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CHAPTER OVERVIEW

Unit 1: Chemical Kinetics
Unit 1 Objectives

By the end of this unit, you will be able to:

¢ Read reaction rate plots

o Calculate rates of reactions (average and instantaneous)

o Mathematically describe the dependence of a reaction rate on reactant concentration

o Determine rate laws from data

o Mathematically describe the relationship between time and reactant concentration using integrate rate law
¢ Read reaction rate plots (rate vs [reactant) and [reactant] vs time)

e Describe the relationship between temperature and reaction rate

o Describe the collision model of reaction mechanisms

o Identify kinetic parameters on reaction diagrams

o Define and identify examples of catalysts

1.1: Rate of a Chemical Reaction

1.2: The Rate Law- The Effect of Concentration on Reaction Rate

1.3: The Integrated Rate Law- The Dependence of Concentration on Time
1.4: Half Life Calculations

1.5: The Effect of Temperature on Reaction Rate

1.6: Reaction Mechanisms

1.7: Catalysis

Unit 1: Chemical Kinetics is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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1.1: Rate of a Chemical Reaction

4b Learning Objectives

o To determine the reaction rate of a reaction.

Reaction rates are usually expressed as the concentration of reactant consumed or the concentration of product formed per unit
time. The units are thus moles per liter per unit time, written as M/s, M/min, or M/h. To measure reaction rates, chemists initiate the
reaction, measure the concentration of the reactant or product at different times as the reaction progresses, perhaps plot the
concentration as a function of time on a graph, and then calculate the change in the concentration per unit time.

o
H
0 00
-]

5 © 00 0o

Number of melecules

10 20 30 40 50 60
Time (s)

Figure 1.1.1: The Progress of a Simple Reaction (A — B). The mixture initially contains only A molecules (purple). Over time, the
number of A molecules decreases and more B molecules (green) are formed (top). The graph shows the change in the number of A
and B molecules in the reaction as a function of time over a 1 min period (bottom).
The progress of a simple reaction (A — B) is shown in Figure 1.1.1; the beakers are snapshots of the composition of the solution at
10 s intervals. The number of molecules of reactant (A) and product (B) are plotted as a function of time in the graph. Each point in
the graph corresponds to one beaker in Figure 1.1.1. The reaction rate is the change in the concentration of either the reactant or the
product over a period of time. The concentration of A decreases with time, while the concentration of B increases with time.
AB] __A[A]

rate = AL = A (1.1.1)

Square brackets indicate molar concentrations, and the capital Greek delta (A) means “change in.” Because chemists follow the
convention of expressing all reaction rates as positive numbers, however, a negative sign is inserted in front of A[A]/At to convert
that expression to a positive number. The reaction rate calculated for the reaction A — B using Equation 1.1.1 is different for each
interval (this is not true for every reaction, as shown below). A greater change occurs in [A] and [B] during the first 10 s interval,
for example, than during the last, meaning that the reaction rate is greatest at first.

I Reaction rates generally decrease with time as reactant concentrations decrease.
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A Video Discussing Average Reaction Rates. Video Link:
[youtu.be]

Determining the Reaction Rate of Hydrolysis of Aspirin

We can use Equation 1.1.1 to determine the reaction rate of hydrolysis of aspirin, probably the most commonly used drug in the
world (more than 25,000,000 kg are produced annually worldwide). Aspirin (acetylsalicylic acid) reacts with water (such as water
in body fluids) to give salicylic acid and acetic acid, as shown in Figure 1.1.2.

COCH COOH
. -OCOCH, __OH
\ + H0 ——> | + CH;COOH
S o
acetylsalicylic acid salicylic acid acetic acid

Figure 1.1.2: Hydrolysis of Aspirin reaction.

Because salicylic acid is the actual substance that relieves pain and reduces fever and inflammation, a great deal of research has
focused on understanding this reaction and the factors that affect its rate. Data for the hydrolysis of a sample of aspirin are in Table
1.1.1 and are shown in the graph in Figure 1.1.3.

Table 1.1.1: Data for Aspirin Hydrolysis in Aqueous Solution at pH 7.0 and 37°C*

Time (h) [Aspirin] (M) [Salicylic Acid] (M)

0 5.55x 1072 0

2.0 5.51x 1073 0.040 x 1073
5.0 5.45 x 1073 0.10 x 1073
10 5.35x 1073 0.20 x 1073
20 515x 1072 0.40 x 1073
30 4.96 x 1073 0.59 x 1073
40 4.78 x 1073 0.77 x 1073
50 4.61x1073 0.94x1073
100 3.83x 1073 1.72x 1073
200 2,64 x1073 2.91x1073
300 1.82x1073 3.73x1073

*The reaction at pH 7.0 is very slow. It is much faster under acidic conditions, such as those found in the stomach.
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The data in Table 1.1.1 were obtained by removing samples of the reaction mixture at the indicated times and analyzing them for
the concentrations of the reactant (aspirin) and one of the products (salicylic acid).
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2 4 f
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Figure 1.1.3: The Hydrolysis of Aspirin. This graph shows the concentrations of aspirin and salicylic acid as a function of time,
based on the hydrolysis data in Table 14.1. The time dependence of the concentration of the other product, acetate, is not shown,
but based on the stoichiometry of the reaction, it is identical to the data for salicylic acid.

Graph of concentration against time in hours. The purple line is aspirin. The green line is salicylic acid.
The average reaction rate for a given time interval can be calculated from the concentrations of either the reactant or one of the
products at the beginning of the interval (time = t,) and at the end of the interval (t;). Using salicylic acid, the reaction rate for the
interval between t = 0 h and t = 2.0 h (recall that change is always calculated as final minus initial) is calculated as follows:

[salicyclic acid]; — [salicyclic acid]o

rate—o—20n) =

20h—0h
0.040 x 10 M—0M 5
= 50T =2.0x107° M/h

The reaction rate can also be calculated from the concentrations of aspirin at the beginning and the end of the same interval,
remembering to insert a negative sign, because its concentration decreases:

[aspirin]y — [aspirin]o

rate(—0—20h) = —

2.0h—0h
_ (551 x10~° M) — (5.55 x 1073 M)
T 2.0h
=2x10"° M/h

If the reaction rate is calculated during the last interval given in Table 1.1.1(the interval between 200 h and 300 h after the start of
the reaction), the reaction rate is significantly slower than it was during the first interval (t = 0-2.0 h):

[salicyclic acid]sgo — [salicyclic acid]ago

rate(;=200—300n) =

300h —200h

(873 x 1073 M) — (2.91 x 1073 M)
T 100 h
=82x107% M/h

Calculating the Reaction Rate of Fermentation of Sucrose

In the preceding example, the stoichiometric coefficients in the balanced chemical equation are the same for all reactants and
products; that is, the reactants and products all have the coefficient 1. Consider a reaction in which the coefficients are not all the
same, the fermentation of sucrose to ethanol and carbon dioxide:
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012H22011(aq) + HgO(l) - 4C2H50H(a,q) + 4002(g) (1.1.2)

sucrose

The coefficients indicate that the reaction produces four molecules of ethanol and four molecules of carbon dioxide for every one
molecule of sucrose consumed. As before, the reaction rate can be found from the change in the concentration of any reactant or
product. In this particular case, however, a chemist would probably use the concentration of either sucrose or ethanol because gases
are usually measured as volumes and, as explained in Chapter 10, the volume of CO; gas formed depends on the total volume of
the solution being studied and the solubility of the gas in the solution, not just the concentration of sucrose. The coefficients in the
balanced chemical equation tell us that the reaction rate at which ethanol is formed is always four times faster than the reaction rate
at which sucrose is consumed:

A[CoH50H]  4Alsucrose]
At B At

(1.1.3)

The concentration of the reactant—in this case sucrose—decreases with time, so the value of A[sucrose] is negative. Consequently,
a minus sign is inserted in front of A[sucrose] in Equation 1.1.3 so the rate of change of the sucrose concentration is expressed as a
positive value. Conversely, the ethanol concentration increases with time, so its rate of change is automatically expressed as a
positive value.

Often the reaction rate is expressed in terms of the reactant or product with the smallest coefficient in the balanced chemical
equation. The smallest coefficient in the sucrose fermentation reaction (Equation 1.1.2) corresponds to sucrose, so the reaction rate
is generally defined as follows:

__ Alsucrose]

te =
rate Al

v Example 1.1.1: Decomposition Reaction |

Consider the thermal decomposition of gaseous N>Os to NO; and O via the following equation:

( A[C,H;0H] ) (1.1.4)

At

PN

2N;05(g) —+ 4NOs(g) + O2(g)

Write expressions for the reaction rate in terms of the rates of change in the concentrations of the reactant and each product
with time.

Given: balanced chemical equation

Asked for: reaction rate expressions

Strategy:

A. Choose the species in the equation that has the smallest coefficient. Then write an expression for the rate of change of that
species with time.

B. For the remaining species in the equation, use molar ratios to obtain equivalent expressions for the reaction rate.

Solution
A Because O has the smallest coefficient in the balanced chemical equation for the reaction, define the reaction rate as the rate
of change in the concentration of O; and write that expression.

B The balanced chemical equation shows that 2 mol of N>Os must decompose for each 1 mol of O, produced and that 4 mol of
NO; are produced for every 1 mol of O, produced. The molar ratios of O, to N»>Os and to NO; are thus 1:2 and 1:4,
respectively. This means that the rate of change of [N,Os] and [NO,] must be divided by its stoichiometric coefficient to obtain
equivalent expressions for the reaction rate. For example, because NO; is produced at four times the rate of Oy, the rate of
production of NO; is divided by 4. The reaction rate expressions are as follows:

rate — A[0;] _ AINO;] _  AN;0]

At 4At T 2At
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? Exercise 1.1.1: Contact Process |

The is used in the manufacture of sulfuric acid. A key step in this process is the reaction of SO, with O, to
produce SO;.

2502(g) + Oz(g) = 2505(y)

Write expressions for the reaction rate in terms of the rate of change of the concentration of each species.

Answer
A[Os] _  A[SOs] _ A[SOg]
At~ 2At T 2A¢

rate = —

Instantaneous Rates of Reaction

The instantaneous rate of a reaction is the reaction rate at any given point in time. As the period of time used to calculate an
average rate of a reaction becomes shorter and shorter, the average rate approaches the instantaneous rate. Comparing this to
calculus, the instantaneous rate of a reaction at a given time corresponds to the slope of a line tangent to the concentration-versus-
time curve at that point—that is, the derivative of concentration with respect to time.

The distinction between the instantaneous and average rates of a reaction is similar to the distinction between the actual speed of a
car at any given time on a trip and the average speed of the car for the entire trip. Although the car may travel for an extended
period at 65 mph on an interstate highway during a long trip, there may be times when it travels only 25 mph in construction zones
or 0 mph if you stop for meals or gas. The average speed on the trip may be only 50 mph, whereas the instantaneous speed on the
interstate at a given moment may be 65 mph. Whether the car can be stopped in time to avoid an accident depends on its
instantaneous speed, not its average speed. There are important differences between the speed of a car during a trip and the speed of
a chemical reaction, however. The speed of a car may vary unpredictably over the length of a trip, and the initial part of a trip is
often one of the slowest. In a chemical reaction, the initial interval typically has the fastest rate (though this is not always the case),
and the reaction rate generally changes smoothly over time.

Chemical kinetics generally focuses on one particular instantaneous rate, which is the
initial reaction rate, t = 0. Initial rates are determined by measuring the reaction rate at
various times and then extrapolating a plot of rate versus time to t = 0.

v/ Example 1.1.2: Decomposition Reaction |l

Using the reaction shown in Example 1.1.1, calculate the reaction rate from the following data taken at 56°C:
2N20s5(9) = 4NOs(g) + On(q)

calculate the reaction rate from the following data taken at 56°C:
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Time (s) [N20s] (M) [NO] (M) [02] (M)
240 0.0388 0.0314 0.00792
600 0.0197 0.0699 0.0175

Given: balanced chemical equation and concentrations at specific times

Asked for: reaction rate

Strategy:

A. Using the equations in Example 1.1.1, subtract the initial concentration of a species from its final concentration and
substitute that value into the equation for that species.

B. Substitute the value for the time interval into the equation. Make sure your units are consistent.

Solution
A Calculate the reaction rate in the interval between t; = 240 s and tp = 600 s. From Example 1.1.1, the reaction rate can be
evaluated using any of three expressions:

A[Os] _ A[NO;] _ A[N;05]

rate = =

At dAt T 2At

Subtracting the initial concentration from the final concentration of N>Os and inserting the corresponding time interval into the
rate expression for N»Os,

o A[N20s] _ _ [N2Os]e00 — [N2O5]240
2At 2(600 s — 240 s)
B Substituting actual values into the expression,
T 0.0197 M — 0.0388 M — 265 x 10~ M/s

2(360 s)

Similarly, NO; can be used to calculate the reaction rate:

A[NO2]  [NOggoo — [NO2J2g0  0.0699 M —0.0314 M .
LIS = = =267x107°M
= AL 4(600 s — 240 ) 4(360 5) 6753 L Bils

Allowing for experimental error, this is the same rate obtained using the data for N,Os. The data for O, can also be used:

_ A[O] _ [Os]600 — [Os]20 _ 0.0175 M —0.00792 M _ s
Tt = Ay T 600s—240s 360s = 2.66 x 107" M/s

Again, this is the same value obtained from the N,Os and NO, data. Thus, the reaction rate does not depend on which reactant
or product is used to measure it.

? Exercise 1.1.2; Contact Process I

Using the data in the following table, calculate the reaction rate of SO,(g) with Oz(g) to give SOs(g).

250(g) + O3(g) = 2505(y)

calculate the reaction rate of SO, (g) with O,(g) to give SOs(g).

Time (s) [SO>] (M) [02] (M) [SO3] (M)
300 0.0270 0.0500 0.0072
720 0.0194 0.0462 0.0148
Answer:
9.0 x 107 M/s
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Summary

In this Module, the quantitative determination of a reaction rate is demonstrated. Reaction rates can be determined over particular
time intervals or at a given point in time. A rate law describes the relationship between reactant rates and reactant concentrations.
Reaction rates are reported as either the average rate over a period of time or as the instantaneous rate at a single time. Reaction
rates can be determined over particular time intervals or at a given point in time.

o General definition of rate for A » B:

rate = ﬂ =—%

At At

1.1: Rate of a Chemical Reaction is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

e 14.2: Reaction Rates is licensed CC BY-NC-SA 3.0.
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1.2: The Rate Law- The Effect of Concentration on Reaction Rate

4b Learning Objectives

e To understand the meaning of the rate law.

The factors that affect the reaction rate of a chemical reaction, which may determine whether a desired product is formed. In this
section, we will show you how to quantitatively determine the reaction rate.

Rate Laws

Typically, reaction rates decrease with time because reactant concentrations decrease as reactants are converted to products.
Reaction rates generally increase when reactant concentrations are increased. This section examines mathematical expressions
called rate laws, which describe the relationships between reactant rates and reactant concentrations. Rate laws are mathematical
descriptions of experimentally verifiable data.

Rate laws may be written from either of two different but related perspectives. A differential rate law expresses the reaction rate in
terms of changes in the concentration of one or more reactants (A[R]) over a specific time interval (At). In contrast, an integrated
rate law describes the reaction rate in terms of the initial concentration ([R]p) and the measured concentration of one or more
reactants ([R]) after a given amount of time (t); integrated rate laws are discussed in more detail later. The integrated rate law is
derived by using calculus to integrate the differential rate law. Whether using a differential rate law or integrated rate law, always
make sure that the rate law gives the proper units for the reaction rate, usually moles per liter per second (M/s).

Reaction Orders

For a reaction with the general equation:
aA+bB — cC+dD (1.2.1)
the experimentally determined rate law usually has the following form:
rate = k[A]™[B]" (1.2.2)

The proportionality constant (k) is called the rate constant, and its value is characteristic of the reaction and the reaction
conditions. A given reaction has a particular rate constant value under a given set of conditions, such as temperature, pressure, and
solvent; varying the temperature or the solvent usually changes the value of the rate constant. The numerical value of k, however,
does not change as the reaction progresses under a given set of conditions.

Under a given set of conditions, the value of the rate constant does not change as the
reaction progresses.

The reaction rate thus depends on the rate constant for the given set of reaction conditions and the concentration of A and B raised
to the powers m and n, respectively. The values of m and n are derived from experimental measurements of the changes in reactant
concentrations over time and indicate the reaction order, the degree to which the reaction rate depends on the concentration of
each reactant; m and n need not be integers. For example, Equation 1.2.2 tells us that Equation 1.2.1 is m™ order in reactant A and
n™ order in reactant B. It is important to remember that n and m are not related to the stoichiometric coefficients a and b in the
balanced chemical equation and must be determined experimentally. The overall reaction order is the sum of all the exponents in
the rate law: m + n.

The orders of the reactions (e.g. n and m) are not related to the stoichiometric coefficients
in the balanced chemical (e.g., a and b).

To illustrate how chemists interpret a differential rate law, consider the experimentally derived rate law for the hydrolysis of t-butyl
bromide in 70% aqueous acetone.
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T |
H3C—(|:—CH3 H—C|—Br
CH; H

t-butanol methyl bromide

This reaction produces t-butanol according to the following equation:
(C’H3)3CB‘I’(301") + HQO(soln) — (C’H3)3COH(soln) + HB’I”(sogn) (1.2.3)

Combining the rate expression in Equation 1.2.2 with the definition of average reaction rate

o= _AlA]
T T A
gives a general expression for the differential rate law:
_ AA] il
rate = “Ar = k[A]™[B] (1.2.4)

Inserting the identities of the reactants into Equation 1.2.4 gives the following expression for the differential rate law for the
reaction:

. A[(CH3)3CB1‘]

te =
rate At

= k[(CH3)3CBr]'"[H20]" (1.2.5)

Experiments to determine the rate law for the hydrolysis of t-butyl bromide show that the reaction rate is directly proportional to
the concentration of (CH3)3CBr but is independent of the concentration of water. Therefore, m and n in Equation 1.2.4 are 1 and 0,
respectively, and,

rate = k[(CH3)3CBr|![H,0]° = k[(CH3)3CBr] (1.2.6)

Because the exponent for the reactant is 1, the reaction is first order in (CH3)3CBr. It is zeroth order in water because the exponent
for [HoO] is 0. (Recall that anything raised to the zeroth power equals 1.) Thus, the overall reaction order is 1 + 0 = 1. The reaction
orders state in practical terms that doubling the concentration of (CH3)3CBr doubles the reaction rate of the hydrolysis reaction,
halving the concentration of (CH3)3CBr halves the reaction rate, and so on. Conversely, increasing or decreasing the concentration
of water has no effect on the reaction rate. (Again, when working with rate laws, there is no simple correlation between the
stoichiometry of the reaction and the rate law. The values of k, m, and n in the rate law must be determined experimentally.)
Experimental data show that k has the value 5.15 x 107 s™! at 25°C. The rate constant has units of reciprocal seconds (s™!) because
the reaction rate is defined in units of concentration per unit time (M/s). The units of a rate constant depend on the rate law for a
particular reaction.

Under conditions identical to those for the t-butyl bromide reaction, the experimentally derived differential rate law for the
hydrolysis of methyl bromide (CH;Br) is as follows:

A[CH;3Br]

rate =
At

= k’[CH3Br] 1.2.7)

This reaction also has an overall reaction order of 1, but the rate constant in Equation 1.2.7 is approximately 10° times smaller than
that for t-butyl bromide. Thus, methyl bromide hydrolyzes about 1 million times more slowly than t-butyl bromide, and this
information tells chemists how the reactions differ on a molecular level.

Frequently, changes in reaction conditions also produce changes in a rate law. In fact, chemists often alter reaction conditions to
study the mechanics of a reaction. For example, when t-butyl bromide is hydrolyzed in an aqueous acetone solution containing
OH" ions rather than in aqueous acetone alone, the differential rate law for the hydrolysis reaction does not change. In contrast, for
methyl bromide, the differential rate law becomes

rate = k”[CH; Br][OH ]
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with an overall reaction order of 2. Although the two reactions proceed similarly in neutral solution, they proceed very differently
in the presence of a base, providing clues as to how the reactions differ on a molecular level.

v Example 1.2.1: Writing Rate Laws from Reaction Orders

An experiment shows that the reaction of nitrogen dioxide with carbon monoxide:
NO2(g) + CO(g) — NO(g) + COz(g)
is second order in NO, and zero order in CO at 100 °C. What is the rate law for the reaction?

Solution

The reaction will have the form:
rate = k[NO,]™[CO]"
The reaction is second order in NO,; thus m = 2. The reaction is zero order in CO; thus n = 0. The rate law is:
rate = k[NO3]*[CO]° = k[NO;]?

Remember that a number raised to the zero power is equal to 1, thus [CO]® = 1, which is why we can simply drop the
concentration of CO from the rate equation: the rate of reaction is solely dependent on the concentration of NO,. When we
consider rate mechanisms later in this chapter, we will explain how a reactant’s concentration can have no effect on a reaction
despite being involved in the reaction.

? Exercise 1.2.1A4

The rate law for the reaction:

Hz(g) +2NO(g) — Ny0(g) + H20(g)

has been experimentally determined to be rate = k[NO]%[H,]. What are the orders with respect to each reactant, and what is the
overall order of the reaction?

Answer
e orderin NO =2
e orderinH; =1
o overall order = 3

? Exercise 1.2.1B

In a transesterification reaction, a triglyceride reacts with an alcohol to form an ester and glycerol. Many students learn about
the reaction between methanol (CH;0H) and ethyl acetate (CH;CH,OCOCH;) as a sample reaction before studying the
chemical reactions that produce biodiesel:

CH30H + CH3CH,OCOCH3; — CH30COCH; + CH3CH,OH

The rate law for the reaction between methanol and ethyl acetate is, under certain conditions, experimentally determined to be:
rate = k[CH3OH]

What is the order of reaction with respect to methanol and ethyl acetate, and what is the overall order of reaction?

Answer
e orderin CH3OH =1
e order in CH3CH,OCOCH3 =0
e overall order =1
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v/ Example 1.2.2: Differential Rate Laws

Below are three reactions and their experimentally determined differential rate laws. For each reaction, give the units of the
rate constant, give the reaction order with respect to each reactant, give the overall reaction order, and predict what happens to
the reaction rate when the concentration of the first species in each chemical equation is doubled.

2HI(g) 2% Ha(g) + Lr(g)

rate = _L 1 ) = k[HI)?

a' 2 At

2N,0(g) =+ 2N, (g) + O1(g)

1 (AN0]
b‘ rate = —5 (T) =k

cyclopropane(g) — propane(g)
Alcyclopropane]
rate= ——— ————

. v = k[cyclopropane]

Given: balanced chemical equations and differential rate laws
Asked for: units of rate constant, reaction orders, and effect of doubling reactant concentration

Strategy:

A. Exp?e);s the reaction rate as moles per liter per second [mol/(L-s), or M/s]. Then determine the units of each chemical
species in the rate law. Divide the units for the reaction rate by the units for all species in the rate law to obtain the units for
the rate constant.

B. Identify the exponent of each species in the rate law to determine the reaction order with respect to that species. Add all
exponents to obtain the overall reaction order.

C. Use the mathematical relationships as expressed in the rate law to determine the effect of doubling the concentration of a
single species on the reaction rate.

Solution
1. A [HI]? will give units of (moles per liter)?. For the reaction rate to have units of moles per liter per second, the rate
constant must have reciprocal units [1/(M-s)]:

EM? =

T M2 M-s

M, _ M/s 1 M-L.g1
8

B The exponent in the rate law is 2, so the reaction is second order in HI. Because HI is the only reactant and the only
species that appears in the rate law, the reaction is also second order overall.

C If the concentration of HI is doubled, the reaction rate will increase from k[HI]y2 to k(2[HI]),2 = 4k[HI],2. The reaction
rate will therefore quadruple.

2. A Because no concentration term appears in the rate law, the rate constant must have M/s units for the reaction rate to have
M/s units.

B The rate law tells us that the reaction rate is constant and independent of the N,O concentration. That is, the reaction is
zeroth order in N»>O and zeroth order overall.

C Because the reaction rate is independent of the N,O concentration, doubling the concentration will have no effect on the
reaction rate.

3. A The rate law contains only one concentration term raised to the first power. Hence the rate constant must have units of
reciprocal seconds (s™!) to have units of moles per liter per second for the reaction rate: M-s™! = M/s.

B The only concentration in the rate law is that of cyclopropane, and its exponent is 1. This means that the reaction is first

order in cyclopropane. Cyclopropane is the only species that appears in the rate law, so the reaction is also first order
overall.
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C Doubling the initial cyclopropane concentration will increase the reaction rate from k[cyclopropane], to
2k[cyclopropane]p. This doubles the reaction rate.

? Exercise 1.2.2

Given the following two reactions and their experimentally determined differential rate laws: determine the units of the rate
constant if time is in seconds, determine the reaction order with respect to each reactant, give the overall reaction order, and
predict what will happen to the reaction rate when the concentration of the first species in each equation is doubled.

A[CH3N=NCH
A CH3N=NCHj;(g) — CyHg(g) + N2(g) rate = —% (1.2.8)
=§‘CI‘}3N=NCH3A[ 04] (1.2.9)
_ Fof _ 1 NO;
b. 2NOs3(g) + Fa(g) — 2NOyF(g) rate = — At -2 ( At ) (1.2.10)
— k[NO3|[F3] (1.2.11)
Answer a

s~ L first order in CHsN=NCH3; first order overall; doubling [CH3N=NCH3] will double the reaction rate.
Answer b

M Ls7L first order in NO, first order in Fa; second order overall; doubling [NO,] will double the reaction rate.

Determining the Rate Law of a Reaction

The number of fundamentally different mechanisms (sets of steps in a reaction) is actually rather small compared to the large
number of chemical reactions that can occur. Thus understanding reaction mechanisms can simplify what might seem to be a
confusing variety of chemical reactions. The first step in discovering the reaction mechanism is to determine the reaction’s rate law.
This can be done by designing experiments that measure the concentration(s) of one or more reactants or products as a function of
time. For the reaction A + B — products, for example, we need to determine k and the exponents m and n in the following equation:

rate = k[A]™[B]" (1.2.12)

To do this, we might keep the initial concentration of B constant while varying the initial concentration of A and calculating the
initial reaction rate. This information would permit us to deduce the reaction order with respect to A. Similarly, we could determine
the reaction order with respect to B by studying the initial reaction rate when the initial concentration of A is kept constant while
the initial concentration of B is varied. In earlier examples, we determined the reaction order with respect to a given reactant by
comparing the different rates obtained when only the concentration of the reactant in question was changed. An alternative way of
determining reaction orders is to set up a proportion using the rate laws for two different experiments. Rate data for a hypothetical
reaction of the type A + B — products are given in Table 1.2.1.

Table 1.2.1: Rate Data for a Hypothetical Reaction of the Form A + B — products

Experiment [A] M) [B] (M) Initial Rate (M/min)
1 0.50 0.50 85x1073
2 0.75 0.50 19 x 1073
3 1.00 0.50 34x1073
4 0.50 0.75 85x1073
5 0.50 1.00 85x1073

The general rate law for the reaction is given in Equation 1.2.12. We can obtain m or n directly by using a proportion of the rate
laws for two experiments in which the concentration of one reactant is the same, such as Experiments 1 and 3 in Table 1.2.3.

rate; _ Kk[Aq1]™[B4]"

rateg - k[A3]m [Bs]"
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Inserting the appropriate values from Table 1.2.3,

8.5 x 1073 M/min _ £[0.50 M]™[0.50 M]"
34x1073 M/min  k{1.00 M]™[0.50 M]"

Because 1.00 to any power is 1, [1.00 M]™ = 1.00 M. We can cancel like terms to give 0.25 = [0.50]™, which can also be written as
1/4 = [1/2]™. Thus we can conclude that m = 2 and that the reaction is second order in A. By selecting two experiments in which the
concentration of B is the same, we were able to solve for m.

Conversely, by selecting two experiments in which the concentration of A is the same (e.g., Experiments 5 and 1), we can solve for
n.

rate; _ K[A4]™[B4]"
rates - k[As]™[Bs]™

Substituting the appropriate values from Table 1.2.3,

8.5 x 1073 M/min _ £[0.50 M]™[0.50 M]"
8.5x 1073 M/min  k[0.50 M]™[1.00 M]»

Canceling leaves 1.0 = [0.50]", which gives n = 0; that is, the reaction is zeroth order in B. The experimentally determined rate law
is therefore

rate = k[AJ?[B]? = k[A]?

We can now calculate the rate constant by inserting the data from any row of Table 1.2.3 into the experimentally determined rate
law and solving for k. Using Experiment 2, we obtain

19 x 1072 M/min = k(0.75 M)?
34x102M 'min "t =k

You should verify that using data from any other row of Table 1.2.1 gives the same rate constant. This must be true as long as the
experimental conditions, such as temperature and solvent, are the same.

v/ Example 1.2.3

Nitric oxide is produced in the body by several different enzymes and acts as a signal that controls blood pressure, long-term
memory, and other critical functions. The major route for removing NO from biological fluids is via reaction with O, to give
NO,, which then reacts rapidly with water to give nitrous acid and nitric acid:

Ha0
2NO + 0 — 2NO, ———> HNO, + HNO,

These reactions are important in maintaining steady levels of NO. The following table lists kinetics data for the reaction of NO
with Oy at 25°C:
2NO(g) + O2(g) — 2NO2(g)

Determine the rate law for the reaction and calculate the rate constant.

rate law for the reaction and calculate the rate constant.

Experiment [NO]o (M) [02]0 (M) Initial Rate (M/s)
1 0.0235 0.0125 7.98 x 1073
2 0.0235 0.0250 15.9x 1073
3 0.0470 0.0125 32.0x 1073
4 0.0470 0.0250 63.5 x 1073

Given: balanced chemical equation, initial concentrations, and initial rates
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Asked for: rate law and rate constant

Strategy:
A. Compare the changes in initial concentrations with the corresponding changes in rates of reaction to determine the reaction

order for each species. Write the rate law for the reaction.
B. Using data from any experiment, substitute appropriate values into the rate law. Solve the rate equation for k.

Solution

A Comparing Experiments 1 and 2 shows that as [O] is doubled at a constant value of [NO>], the reaction rate approximately
doubles. Thus the reaction rate is proportional to [O5]', so the reaction is first order in O,. Comparing Experiments 1 and 3
shows that the reaction rate essentially quadruples when [NO] is doubled and [O>] is held constant. That is, the reaction rate is
proportional to [NO]J?, which indicates that the reaction is second order in NO. Using these relationships, we can write the rate
law for the reaction:

rate = k[NOJ*[O5]
B The data in any row can be used to calculate the rate constant. Using Experiment 1, for example, gives

rate 7.98 x 1072 M/s

= = =116 x10°M2.s7!
[NOJ][05] ~ (0.0235 M)Z(0.0125 M) % s

k

Alternatively, using Experiment 2 gives

rate 15.9 x 1073 M/s

= = =115x103M2.571
[NOJ2[05] ~ (0.0235 M)2(0.0250 M) % s

k

The difference is minor and associated with significant digits and likely experimental error in making the table.

The overall reaction order (m + n) = 3, so this is a third-order reaction whose rate is determined by three reactants. The units of
the rate constant become more complex as the overall reaction order increases.

The peroxydisulfate ion (S,04%") is a potent oxidizing agent that reacts rapidly with iodide ion in water:

2— — 2— =
5204 (aq) + 31 (5g) = 250} g + T3(q)

The following table lists kinetics data for this reaction at 25°C. Determine the rate law and calculate the rate constant.

kinetics data for this reaction at 25°C.

Experiment [S205% 1o (M) [T]o M) Initial Rate (M/s)
1 0.27 0.38 2.05
2 0.40 0.38 3.06
3 0.40 0.22 1.76

Answer:
rate = k[S,0g% I[I"]; k=20 M 157!
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A Video Discussing Initial Rates and Rate Law Expressions. Video Link:
[youtu.be]

Summary

The rate law for a reaction is a mathematical relationship between the reaction rate and the concentrations of species in solution.
Rate laws can be expressed either as a differential rate law, describing the change in reactant or product concentrations as a
function of time, or as an integrated rate law, describing the actual concentrations of reactants or products as a function of time. The
rate constant (k) of a rate law is a constant of proportionality between the reaction rate and the reactant concentration. The exponent
to which a concentration is raised in a rate law indicates the reaction order, the degree to which the reaction rate depends on the
concentration of a particular reactant.
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1.3: The Integrated Rate Law- The Dependence of Concentration on Time

4b Learning Objectives

o Explain the form and function of an integrated rate law

o Perform integrated rate law calculations for zero-, first-, and second-order reactions
o Define half-life and carry out related calculations

o Identify the order of a reaction from concentration/time data

The rate laws we have seen thus far relate the rate and the concentrations of reactants. We can also determine a second form of each
rate law that relates the concentrations of reactants and time. These are called integrated rate laws. We can use an integrated rate
law to determine the amount of reactant or product present after a period of time or to estimate the time required for a reaction to
proceed to a certain extent. For example, an integrated rate law is used to determine the length of time a radioactive material must

be stored for its radioactivity to decay to a safe level.

Using calculus, the differential rate law for a chemical reaction can be integrated with respect to time to give an equation that
relates the amount of reactant or product present in a reaction mixture to the elapsed time of the reaction. This process can either be
very straightforward or very complex, depending on the complexity of the differential rate law. For purposes of discussion, we will
focus on the resulting integrated rate laws for first-, second-, and zero-order reactions.

First-Order Reactions

An equation relating the rate constant k to the initial concentration [A], and the concentration [A]; present after any given time ¢ can
be derived for a first-order reaction and shown to be:
A
i () =
[4]o

[A] = [Aloe™

v/ Example 1.3.1: The Integrated Rate Law for a First-Order Reaction

The rate constant for the first-order decomposition of cyclobutane, C4Hg at 500 °C is 9.2 x 1073571

or alternatively

or

C,Hs — 2CH,
How long will it take for 80.0% of a sample of C4Hg to decompose?

Solution
We use the integrated form of the rate law to answer questions regarding time:

()~

There are four variables in the rate law, so if we know three of them, we can determine the fourth. In this case we know [A]p,
[A], and k, and need to find t.

The initial concentration of C4Hg, [A]y, is not provided, but the provision that 80.0% of the sample has decomposed is enough
information to solve this problem. Let x be the initial concentration, in which case the concentration after 80.0% decomposition
is 20.0% of x or 0.200x. Rearranging the rate law to isolate t and substituting the provided quantities yields:
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[«] 1

t=In -
[0-200z] « &

. 0.100 mol L 1

X
0.020molL! 9.2 x 10351

=1609x —
9.2 x 1073 g1

=17x10%s

? Exercise 1.3.1

Iodine-131 is a radioactive isotope that is used to diagnose and treat some forms of thyroid cancer. Todine-131 decays to xenon-
131 according to the equation:

I-131 — Xe-131 + electron

The decay is first-order with a rate constant of 0.138 d”!. All radioactive decay is first order. How many days will it take for
90% of the iodine—131 in a 0.500 M solution of this substance to decay to Xe-131?

Answer

16.7 days

We can use integrated rate laws with experimental data that consist of time and concentration information to determine the order
and rate constant of a reaction. The integrated rate law can be rearranged to a standard linear equation format:

In[A] = (—k)(¢) + 1n[A]o (1.3.1)

y=mz+b (1.3.2)

A plot of In[A] versus ¢ for a first-order reaction is a straight line with a slope of —k and an intercept of In [A]o. If a set of rate data
are plotted in this fashion but do not result in a straight line, the reaction is not first order in A.

v/ Example 1.3.2: Determination of Reaction Order by Graphing

Show that the data in this Figure can be represented by a first-order rate law by graphing In[H,0,] versus time. Determine the
rate constant for the rate of decomposition of H,0, from this data.

Solution
The data from this Figure with the addition of values of In[H,0,] are given in Figure 1.3.1.

0

= 17
(e)
o
I
£ -2 4

_3 -

T ] T ™
0 6 12 18 24
Time (h)

Figure 1.3.1: The linear relationship between the In[H,0,] and time shows that the decomposition of hydrogen peroxide is a
first-order reaction.

Solutions to Example 12.4.2
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Trial Time (h) [Hy05] (M) In[Hy05]
1 0 1.000 0.0
2 6.00 0.500 —0.693
3 12.00 0.250 -1.386
4 18.00 0.125 -2.079
5 24.00 0.0625 -2.772

The plot of In[H,0,] versus time is linear, thus we have verified that the reaction may be described by a first-order rate law.

The rate constant for a first-order reaction is equal to the negative of the slope of the plot of In[H,05] versus time where:

changeiny Ay  Aln[H;0y]

1 =) = —
Sl changeinz Az At

In order to determine the slope of the line, we need two values of In[H,0,] at different values of ¢ (one near each end of the
line is preferable). For example, the value of In[H,0,] when t is 6.00 h is —0.693; the value when t = 12.00 h is —1.386:

—1.386 — (—0.693)

"12.00h—6.00h
—0.693

~ 76.00h

=—-1.155x10"2h!

k= —slope = —(—1.155 x 107'h™!) = 1.155 x 10"* h !

slope =

Graph the following data to determine whether the reaction A — B+ C is first order.

Data for the reaction A — B+ C

Trial Time (s) [A]
1 4.0 0.220
2 8.0 0.144
3 12.0 0.110
4 16.0 0.088
5 20.0 0.074

Answer

The plot of In[A] vs. t is not a straight line. The equation is not first order:
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In[A] vs. Time

|
0 —
E _1 —
£

_2 —

-3 \ T T T

5 10 15 20 25
Time (s)

A graph, labeled above as “I n [ A ] vs. Time” is shown. The x-axis is labeled, “Time ( s )” and the y-axis is labeled, “I n [ A
].” The x-axis shows markings at 5, 10, 15, 20, and 25 hours. The y-axis shows markings at negative 3, negative 2, negative
1, and 0. A slight curve is drawn connecting five points at coordinates of approximately (4, negative 1.5), (8, negative 2),
(12, negative 2.2), (16, negative 2.4), and (20, negative 2.6).

Second-Order Reactions

The equations that relate the concentrations of reactants and the rate constant of second-order reactions are fairly complicated. We
will limit ourselves to the simplest second-order reactions, namely, those with rates that are dependent upon just one reactant’s
concentration and described by the differential rate law:

Rate = k[A]?
For these second-order reactions, the integrated rate law is:
1 1
= kt4 —— (1.3.3)
(4] [4lo

where the terms in the equation have their usual meanings as defined earlier.

v/ Example 1.3.3: The Integrated Rate Law for a Second-Order Reaction

The reaction of butadiene gas (C4Hg) with itself produces CgH1; gas as follows:
2 C4H5(g) — CSH12 (g)

The reaction is second order with a rate constant equal to 5.76 x 1072 L/mol/min under certain conditions. If the initial
concentration of butadiene is 0.200 M, what is the concentration remaining after 10.0 min?

Solution
We use the integrated form of the rate law to answer questions regarding time. For a second-order reaction, we have:

1 1

@ "t

We know three variables in this equation: [A], = 0.200 mol/L, k = 5.76 X 1072 L/mol/min, and t = 10.0 min. Therefore, we can
solve for [A], the fourth variable:

1 1
— = (5.76 x 10 2L mol ! min—1)(10 min) + ———
[4] ( X ) 0.200 mol !
ﬁ = (5.76 x 10~ Lmol ™) 4 5.00 L mol !

1 5.58 L mol !

4

[A] =1.79 x 10"  mol L.7!

Therefore 0.179 mol/L of butadiene remain at the end of 10.0 min, compared to the 0.200 mol/L that was originally present.
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If the initial concentration of butadiene is 0.0200 M, what is the concentration remaining after 20.0 min?

Answer

0.0196 mol/L

The integrated rate law for our second-order reactions has the form of the equation of a straight line:

1 1

_=kt+_

[4] (Ao
y=mz+b

A plot of ﬁ versus t for a second-order reaction is a straight line with a slope of k and an intercept of ﬁ If the plot is not a
0

straight line, then the reaction is not second order.

v/ Example 1.3.4: Determination of Reaction Order by Graphing

Test the data given to show whether the dimerization of C4Hg is a first- or a second-order reaction.

Solution
Solutions to Example 1.3.4
Trial Time (s) [C4Hg] (M)
1 0 1.00 x 1072
2 1600 5.04 x 1073
3 3200 3.37 x 1073
4 4800 2.53x 1073
5 6200 2.08 x 1073

In order to distinguish a first-order reaction from a second-order reaction, we plot In[C4Hg] versus t and compare it with a plot
of

1 versus t. The values needed for these plots follow.
[CyHe]

Solutions to Example v/ 1.3.4
1

Time (s) TCaHg] (M) In[C4Hg]
0 100 -4.605
1600 198 —5.289
3200 296 —5.692
4800 395 -5.978
6200 481 -6.175

The plots are shown in Figure 1.3.2. As you can see, the plot of In[C4Hg] versus t is not linear, therefore the reaction is not first
1

order. The plot of versus t is linear, indicating that the reaction is second order.

[C4He]
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300 —

In[C4Hel
|
()]
1
[CaHel

—6 100

-
-

1 T [~ | T
3000 6000 3000 6000

Time (s) Time (s)
Figure 1.3.2: These two graphs show first- and second-order plots for the dimerization of C4Hg. Since the first-order plot (left)
is not linear, we know that the reaction is not first order. The linear trend in the second-order plot (right) indicates that the

reaction follows second-order kinetics.

Does the following data fit a second-order rate law?

Data for second-order rate law

Trial Time (s) [A] (M)
1 5 0.952
2 10 0.625
3 15 0.465
4 20 0.370
5 25 0.308
6 35 0.230

Answer
1 o T
Yes. The plot of Tl vs. t is linear:
A [%] vs. Time
5 -
g =
T
s 34
~|E 2~
1 -
0 | T T =
0 10 20 30 40
Time (s)

A graph, with the title “1 divided by [ A ] vs. Time” is shown, with the label, “Time ( s ),” on the x-axis. The label “1
divided by [ A ]” appears left of the y-axis. The x-axis shows markings beginning at zero and continuing at intervals of 10
up to and including 40. The y-axis on the left shows markings beginning at 0 and increasing by intervals of 1 up to and
including 5. A line with an increasing trend is drawn through six points at approximately (4, 1), (10, 1.5), (15, 2.2), (20,
2.8), (26, 3.4), and (36, 4.4).
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Zero-Order Reactions
For zero-order reactions, the differential rate law is:
Rate =k[4]' =k
A zero-order reaction thus exhibits a constant reaction rate, regardless of the concentration of its reactants.
The integrated rate law for a zero-order reaction also has the form of the equation of a straight line:

[A] = —kt + [A]o
y=mx+b
A plot of [A] versus ¢ for a zero-order reaction is a straight line with a slope of —k and an intercept of [A],. Figure 1.3.3 shows a plot
of [NHj] versus t for the decomposition of ammonia on a hot tungsten wire and for the decomposition of ammonia on hot quartz

(SiO3y). The decomposition of NH3 on hot tungsten is zero order; the plot is a straight line. The decomposition of NH3 on hot quartz
is not zero order (it is first order). From the slope of the line for the zero-order decomposition, we can determine the rate constant:

slope = —k = 1.3110~® mol/L /s

3.0 x 1078
L
2.0 % 1073
2 Decomposition an W
)
-
=
1.0 x 107
Decomposition on Si0,
T

1000
Time (s)

Figure 1.3.3: The decomposition of NH3 on a tungsten (W) surface is a zero-order reaction, whereas on a quartz (SiO5) surface, the
reaction is first order.

The Half-Life of a Reaction

The half-life of a reaction (t1,2) is the time required for one-half of a given amount of reactant to be consumed. In each succeeding
half-life, half of the remaining concentration of the reactant is consumed. Using the decomposition of hydrogen peroxide as an
example, we find that during the first half-life (from 0.00 hours to 6.00 hours), the concentration of H>O; decreases from 1.000 M
to 0.500 M. During the second half-life (from 6.00 hours to 12.00 hours), it decreases from 0.500 M to 0.250 M; during the third
half-life, it decreases from 0.250 M to 0.125 M. The concentration of H>O; decreases by half during each successive period of 6.00
hours. The decomposition of hydrogen peroxide is a first-order reaction, and, as can be shown, the half-life of a first-order reaction
is independent of the concentration of the reactant. However, half-lives of reactions with other orders depend on the concentrations
of the reactants.

First-Order Reactions

We can derive an equation for determining the half-life of a first-order reaction from the alternate form of the integrated rate law as
follows:
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[Alo
In —[ ) =kt
Ao 1

t=anXE

If we set the time ¢ equal to the half-life, ¢,/,, the corresponding concentration of A at this time is equal to one-half of its initial

concentration. Hence, when ¢ = ty5, [A] = %[A]o.

Therefore:
A 1
ty2=In 1[ lo XE

240
=Iln2x %:0.693x %
Thus:

. _ 0693
V2= "

We can see that the half-life of a first-order reaction is inversely proportional to the rate constant k. A fast reaction (shorter half-life)
will have a larger k; a slow reaction (longer half-life) will have a smaller k.

v Example 1.3.5: Calculation of a First-order Rate Constant using Half-Life

Calculate the rate constant for the first-order decomposition of hydrogen peroxide in water at 40 °C, using the data given in
Figure 1.3.4.

- o - s e N 7

1.000 M 0.500 M 0.250 M 0.125 M 0.0625 M

fy 3 4 2 i
‘ | |

0s 2.16 X 10*s 432 x 10*s 6.48 X 10*s 8.64 X 10%s
(0 h) (6 h) (12 h) (18 h) (24 h)

Figure 1.3.4: The decomposition of H,O, (2H,0, — 2H,0 + O;) at 40 °C is illustrated. The intensity of the color symbolizes
the concentration of H,0; at the indicated times; H,O; is actually colorless.

Solution The half-life for the decomposition of H,O, is 2.16 x 10%s:

0.693
tie = %

oo 0693 0693
t1/2 2.16 x 10%s

=321 x10°%s!

? Exercise 1.3.1

The first-order radioactive decay of iodine-131 exhibits a rate constant of 0.138 d"!. What is the half-life for this decay?

Answer

5.02 d.
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Second-Order Reactions

We can derive the equation for calculating the half-life of a second order as follows:

1 1
— =kt 4+ —
(4] [4lo
or
1 1
= —kt
(4]  [Ao
If
t=112
then
1
[A] = E[A]o
and we can write:
1 1
- Kt1/
1 A
54l 4o
2dlo— —— — kt
0 Al 1/2
1
— =kt
[A]O 1/2
Thus:
oo 1
1/2 k[A]()

For a second-order reaction, t;/, is inversely proportional to the concentration of the reactant, and the half-life increases as the
reaction proceeds because the concentration of reactant decreases. Consequently, we find the use of the half-life concept to be more
complex for second-order reactions than for first-order reactions. Unlike with first-order reactions, the rate constant of a second-
order reaction cannot be calculated directly from the half-life unless the initial concentration is known.

Zero-Order Reactions

We can derive an equation for calculating the half-life of a zero order reaction as follows:

[A] = —kt + [A]o

When half of the initial amount of reactant has been consumed ¢ = ¢/, and [A] = % Thus:

A

1 =ty + Al

_ [

ktyp = 2

and
o
1/2 2’6

The half-life of a zero-order reaction increases as the initial concentration increases. Equations for both differential and integrated
rate laws and the corresponding half-lives for zero-, first-, and second-order reactions are summarized in Table 1.3.1.

Table 1.3.1: Summary of Rate Laws for Zero-, First-, and Second-Order Reactions
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Zero-Order First-Order Second-Order
rate law rate = k rate = k[A] rate = k[A]?
units of rate constant Ms! sl Mgl

integrated rate law

plot needed for linear fit of rate

[A] = -kt + [Alo

In[A] = -kt + In[Alp

1

=4+ (i)

Al vs. t In[A] vs. t —7 Vs. t
data - . (4]
re'latlonshlp between slope of k = ~slope k = —slope k = +slope
linear plot and rate constant
- _ 4l _0.693 _ 1
half-life t1/2 = W t1/2 = T t1/2 [A]Ok

Summary

Differential rate laws can be determined by the method of initial rates or other methods. We measure values for the initial rates of a
reaction at different concentrations of the reactants. From these measurements, we determine the order of the reaction in each
reactant. Integrated rate laws are determined by integration of the corresponding differential rate laws. Rate constants for those rate
laws are determined from measurements of concentration at various times during a reaction.

The half-life of a reaction is the time required to decrease the amount of a given reactant by one-half. The half-life of a zero-order
reaction decreases as the initial concentration of the reactant in the reaction decreases. The half-life of a first-order reaction is
independent of concentration, and the half-life of a second-order reaction decreases as the concentration increases.

Key Equations

o integrated rate law for zero-order reactions (Equation ???):

. A
[A] =—kt+ [A]O with t1/2 = %
o integrated rate law for first-order reactions (Equation 1.3.1):
0.693

In[A] = —kt+ In [A]o with 1, = —=

o integrated rate law for second-order reactions (Equation 1.3.3):

1
(4] (4o Aok

Glossary

half-life of a reaction (t;)
time required for half of a given amount of reactant to be consumed

integrated rate law

equation that relates the concentration of a reactant to elapsed time of reaction

1.3: The Integrated Rate Law- The Dependence of Concentration on Time is shared under a not declared license and was authored, remixed,
and/or curated by LibreTexts.

o 12.5: Integrated Rate Laws by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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1.4: Half Life Calculations

see previous section (1.3 integrated rate laws) for half life information.

1.4: Half Life Calculations is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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1.5: The Effect of Temperature on Reaction Rate

4b Learning Objectives

e To understand why and how chemical reactions occur.

It is possible to use kinetics studies of a chemical system, such as the effect of changes in reactant concentrations, to deduce events
that occur on a microscopic scale, such as collisions between individual particles. Such studies have led to the collision model of
chemical kinetics, which is a useful tool for understanding the behavior of reacting chemical species. The collision model explains
why chemical reactions often occur more rapidly at higher temperatures. For example, the reaction rates of many reactions that
occur at room temperature approximately double with a temperature increase of only 10°C. In this section, we will use the collision
model to analyze this relationship between temperature and reaction rates. Before delving into the relationship between temperature
and reaction rate, we must discuss three microscopic factors that influence the observed macroscopic reaction rates.

Microscopic Factor 1: Collisional Frequency

Central to collision model is that a chemical reaction can occur only when the reactant molecules, atoms, or ions collide. Hence, the
observed rate is influence by the frequency of collisions between the reactants. The collisional frequency is the average rate in
which two reactants collide for a given system and is used to express the average number of collisions per unit of time in a defined
system. While deriving the collisional frequency (Z,p) between two species in a gas is , it is beyond the scope of
this text and the equation for collisional frequency of A and B is the following:

87ksT
Zan = NaNp (ratrs)’ (| == (L5.1)
KkAB

e N, and Np are the numbers of A and B molecules in the system, respectively

with

e 1, and ry are the radii of molecule A and B, respectively
e kg is the Boltzmann constant kp = 1.380 x 10"23 Joules Kelvin
e T is the temperature in Kelvin

mamp

o pagis calculated via pap = 7472

The specifics of Equation 1.5.1 are not important for this conversation, but it is important to identify that Z,p increases with
increasing density (i.e., increasing N4 and Ng), with increasing reactant size (r, and r3), with increasing velocities (predicted via
), and with increasing temperature (although weakly because of the square root function).

A Video Discussing Collision Theory of Kinetics: [youtu.be]
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Microscopic Factor 2: Activation Energy

Previously, we discussed the kinetic molecular theory of gases, which showed that the average kinetic energy of the particles of a
gas increases with increasing temperature. Because the speed of a particle is proportional to the square root of its kinetic energy,
increasing the temperature will also increase the number of collisions between molecules per unit time. What the kinetic molecular
theory of gases does not explain is why the reaction rate of most reactions approximately doubles with a 10°C temperature
increase. This result is surprisingly large considering that a 10°C increase in the temperature of a gas from 300 K to 310 K
increases the kinetic energy of the particles by only about 4%, leading to an increase in molecular speed of only about 2% and a
correspondingly small increase in the number of bimolecular collisions per unit time.

The collision model of chemical kinetics explains this behavior by introducing the concept of activation energy (E,). We will
define this concept using the reaction of NO with ozone, which plays an important role in the depletion of ozone in the ozone layer:

NO(g) + Oa(g) — NO2(g) + O2(g)

Increasing the temperature from 200 K to 350 K causes the rate constant for this particular reaction to increase by a factor of more

than 10, whereas the increase in the frequency of bimolecular collisions over this temperature range is only 30%. Thus something
other than an increase in the collision rate must be affecting the reaction rate.

Experimental rate law for this reaction is
rate = k[NO][O3]

and is used to identify how the reaction rate (not the rate constant) vares with concentration. The rate constant, however, does vary
with temperature. Figure 1.5.1 shows a plot of the rate constant of the reaction of NO with O3 at various temperatures. The
relationship is not linear but instead resembles the relationships seen in graphs of vapor pressure versus temperature (e.g, the
Clausius-Claperyon equation). In all three cases, the shape of the plots results from a distribution of kinetic energy over a
population of particles (electrons in the case of conductivity; molecules in the case of vapor pressure; and molecules, atoms, or ions
in the case of reaction rates). Only a fraction of the particles have sufficient energy to overcome an energy barrier.
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Figure 1.5.1: Rate Constant versus Temperature for the Reaction of NO with OgThe nonlinear shape of the curve is caused by a
distribution of kinetic energy over a population of molecules. Only a fraction of the particles have enough energy to overcome an

energy barrier, but as the temperature is increased, the size of that fraction increases. (CC BY-SA-NC; anonymous)
In the case of vapor pressure, particles must overcome an energy barrier to escape from the liquid phase to the gas phase. This
barrier corresponds to the energy of the intermolecular forces that hold the molecules together in the liquid. In conductivity, the
barrier is the energy gap between the filled and empty bands. In chemical reactions, the energy barrier corresponds to the amount of
energy the particles must have to react when they collide. This energy threshold, called the activation energy, was first postulated
in 1888 by the Swedish chemist Svante Arrhenius (1859-1927; Nobel Prize in Chemistry 1903). It is the minimum amount of
energy needed for a reaction to occur. Reacting molecules must have enough energy to overcome electrostatic repulsion, and a
minimum amount of energy is required to break chemical bonds so that new ones may be formed. Molecules that collide with less
than the threshold energy bounce off one another chemically unchanged, with only their direction of travel and their speed altered
by the collision. Molecules that are able to overcome the energy barrier are able to react and form an arrangement of atoms called

the activated complex or the transition state of the reaction. The activated complex is not a reaction intermediate; it does not last
long enough to be detected readily.
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Any phenomenon that depends on the distribution of thermal energy in a population of
particles has a nonlinear temperature dependence.

We can graph the energy of a reaction by plotting the potential energy of the system as the reaction progresses. Figure 1.5.2 shows a
plot for the NO-O3 system, in which the vertical axis is potential energy and the horizontal axis is the reaction coordinate, which
indicates the progress of the reaction with time. The activated complex is shown in brackets with an asterisk. The overall change in
potential energy for the reaction (AE) is negative, which means that the reaction releases energy. (In this case, AE is —200.8
kJ/mol.) To react, however, the molecules must overcome the energy barrier to reaction (&, is 9.6 kJ/mol). That is, 9.6 kJ/mol must
be put into the system as the activation energy. Below this threshold, the particles do not have enough energy for the reaction to

occur.

Activated complex
[NO-0,4]*

Reactants v
| T
NE D e e s e e e -

-2010:8 kdfmuol

Potential energy

Products
NO, + O,

Reaction coordinate

Figure 1.5.2: Energy of the Activated Complex for the NO-O3 System. The diagram shows how the energy of this system varies as
the reaction proceeds from reactants to products. Note the initial increase in energy required to form the activated complex. (CC

BY-SA-NC; anonymous)
Figure 1.5.3a illustrates the general situation in which the products have a lower potential energy than the reactants. In contrast,
Figure 1.5.3b illustrates the case in which the products have a higher potential energy than the reactants, so the overall reaction
requires an input of energy; that is, it is energetically uphill, and \(AE > 0\). Although the energy changes that result from a reaction
can be positive, negative, or even zero, in most cases an energy barrier must be overcome before a reaction can occur. This means
that the activation energy is almost always positive; there is a class of reactions called barrierless reactions, but those are discussed

elsewhere.
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Figure 1.5.3: Differentiating between E, and AE. The potential energy diagrams for a reaction with (a) AE < 0 and (b) AE > 0
illustrate the change in the potential energy of the system as reactants are converted to products. In both cases, E, is positive. For a
reaction such as the one shown in (b), E, must be greater than AE. (CC BY-SA-NC; anonymous)

For similar reactions under comparable conditions, the one with the smallest E, will
occur most rapidly.
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Whereas AE is related to the tendency of a reaction to occur spontaneously, E, gives us information about the reaction rate and
how rapidly the reaction rate changes with temperature. For two similar reactions under comparable conditions, the reaction with

the smallest E, will occur more rapidly.

Figure 1.5.4 shows both the kinetic energy distributions and a potential energy diagram for a reaction. The shaded areas show that at
the lower temperature (300 K), only a small fraction of molecules collide with kinetic energy greater than E,; however, at the
higher temperature (500 K) a much larger fraction of molecules collide with kinetic energy greater than E,. Consequently, the
reaction rate is much slower at the lower temperature because only a relatively few molecules collide with enough energy to

overcome the potential energy barrier.

500 K

*

Activated
< complex

orgy —

a

Energy

En

Product

Reactant

Fraction of molecules with a Reaction coordinate —

particular kineticenergy £ —
Figure 1.5.4: Surmounting the Energy Barrier to a Reaction. This chart juxtaposes the energy distributions of lower-temperature
(300 K) and higher-temperature (500 K) samples of a gas against the potential energy diagram for a reaction. Only those molecules
in the shaded region of the energy distribution curve have E > E, and are therefore able to cross the energy barrier separating
reactants and products. The fraction of molecules with E > E, is much greater at 500 K than at 300 K, so the reaction will occur
much more rapidly at 500 K. (CC BY-SA-NC; anonymous)
Energy is on the y axis while reaction coordinate and fraction of molecules with a particular kinetic energy E are on the x axis.

Video Discussing Transition State Theory: [youtu.be]

Microscopic Factor 3: Sterics

Even when the energy of collisions between two reactant species is greater than E,, most collisions do not produce a reaction. The
probability of a reaction occurring depends not only on the collision energy but also on the spatial orientation of the molecules
when they collide. For NO and Ogz to produce NO; and O, a terminal oxygen atom of Oz must collide with the nitrogen atom of NO
at an angle that allows Oj3 to transfer an oxygen atom to NO to produce NO, (Figure 1.5.4). All other collisions produce no reaction.
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Because fewer than 1% of all possible orientations of NO and Oj result in a reaction at kinetic energies greater than E,, most
collisions of NO and O3 are unproductive. The fraction of orientations that result in a reaction is called the steric factor (p) and its
value can range from p = 0 (no orientations of molecules result in reaction) to p = 1 (all orientations result in reaction).

@ <« o
@8 «3 o
NO 03

Ineffective collision NO [0

2k,

. . ‘ - @ ’ -9 &
NO 05 Effective collision NO, 05

Figure 1.5.4: The Effect of Molecular Orientation on the Reaction of NO and O3. Most collisions of NO and O3 molecules occur
with an incorrect orientation for a reaction to occur. Only those collisions in which the N atom of NO collides with one of the
terminal O atoms of O are likely to produce NO4 and O, even if the molecules collide with E > E,. (CC BY-SA-NC; anonymous)

Macroscopic Behavior: The Arrhenius Equation

The collision model explains why most collisions between molecules do not result in a chemical reaction. For example, nitrogen
and oxygen molecules in a single liter of air at room temperature and 1 atm of pressure collide about 10°° times per second. If
every collision produced two molecules of NO, the atmosphere would have been converted to NO and then NO, a long time ago.
Instead, in most collisions, the molecules simply bounce off one another without reacting, much as marbles bounce off each other
when they collide.

For an A + B elementary reaction, all three microscopic factors discussed above that affect the reaction rate can be summarized in a
single relationship:

rate = (collision frequency) X (steric factor) x (fraction of collisions with E > E,)
where
rate = k[A][B] (1.5.2)

Arrhenius used these relationships to arrive at an equation that relates the magnitude of the rate constant for a reaction to the
temperature, the activation energy, and the constant, A, called the frequency factor:

k= Ae Fa/ET (1.5.3)

The frequency factor is used to convert concentrations to collisions per second (scaled by the steric factor). Because the frequency
of collisions depends on the temperature, A is actually not constant (Equation 1.5.1). Instead, A increases slightly with temperature
as the increased kinetic energy of molecules at higher temperatures causes them to move slightly faster and thus undergo more
collisions per unit time.

Equation 1.5.3 is known as the Arrhenius equation and summarizes the collision model of chemical kinetics, where T is the
absolute temperature (in K) and R is the ideal gas constant [8.314 J/(K-mol)]. E, indicates the sensitivity of the reaction to changes
in temperature. The reaction rate with a large F, increases rapidly with increasing temperature, whereas the reaction rate with a
smaller E, increases much more slowly with increasing temperature.

If we know the reaction rate at various temperatures, we can use the Arrhenius equation to calculate the activation energy. Taking
the natural logarithm of both sides of Equation 1.5.3,

Ink=InA+ (—%) (1.5.4)
()2
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Equation 1.5.5 is the equation of a straight line,
y=mx+b

where y =Ink and z = 1/T. This means that a plot of Ink versus 1/T is a straight line with a slope of —E,/R and an intercept of
In A. In fact, we need to measure the reaction rate at only two temperatures to estimate E,.

Knowing the E, at one temperature allows us to predict the reaction rate at other temperatures. This is important in cooking and
food preservation, for example, as well as in controlling industrial reactions to prevent potential disasters. The procedure for
determining E, from reaction rates measured at several temperatures is illustrated in Example 1.5.1.

Arrhenius Equation
Heo Textbook Of Chemistry

Arrhenius Equation

>

% Watch on @ YouTube

A Video Discussing The Arrhenius Equation: The Arrhenius Equation(opens in new window) [youtu.be]

v/ Example 1.5.1: Chirping Tree Crickets

Many people believe that the rate of a tree cricket’s chirping is related to temperature. To see whether this is true, biologists
have carried out accurate measurements of the rate of tree cricket chirping (f) as a function of temperature (T'). Use the data in
the following table, along with the graph of In[chirping rate] versus 1/T to calculate E, for the biochemical reaction that
controls cricket chirping. Then predict the chirping rate on a very hot evening, when the temperature is 308 K (35°C, or 95°F).

Chirping Tree Crickets Frequency Table

Frequency (f; chirps/min) In f T (K) 1/T (K)
200 5.30 299 3.34x 1073
179 5.19 298 3.36 x 1073
158 5.06 296 3.38 x 1073
141 4.95 294 3.40 x 1073
126 4.84 293 3.41x 1073
112 4.72 292 3.42 x 1073
100 461 290 3.45 x 1073
89 4.49 289 3.46 x 1073
79 437 287 3.48 x 1073

Given: chirping rate at various temperatures

Asked for: activation energy and chirping rate at specified temperature
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Strategy:
A. From the plot of In f versus 1/T, calculate the slope of the line (~E,/R) and then solve for the activation energy.

B. Express Equation 1.5.5 in terms of k; and T; and then in terms of k, and T,.

C. Subtract the two equations; rearrange the result to describe ky/k; in terms of T, and T;.

D. Using measured data from the table, solve the equation to obtain the ratio ky/k;. Using the value listed in the table for k;,
solve for k».

Solution
A If cricket chirping is controlled by a reaction that obeys the Arrhenius equation, then a plot of In f versus 1/7 should give a
straight line (Figure 1.5.6).

In chirps/min
'S
=]
|

46 — e

4.4
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Figure 1.5.6: Graphical Determination of E, for Tree Cricket Chirping. When the natural logarithm of the rate of tree cricket
chirping is plotted versus 1/T, a straight line results. The slope of the line suggests that the chirping rate is controlled by a
single reaction with an E, of 55 kJ/mol. (CC BY-SA-NC; anonymous)
Also, the slope of the plot of Inf versus 1/T should be equal to —E,/R. We can use the two endpoints in Figure 1.5.6 to
estimate the slope:

slope = Alnf
A(1/T)
B 5.30 — 4.37
T 334x103K1-348x103K!
B 0.93
T —014x 103 K!
=—-6.6 x 103K

A computer best-fit line through all the points has a slope of —6.67 x 103 K, so our estimate is very close. We now use it to
solve for the activation energy:

E, = —(slope)(R)

83147\ / 1KJ
— _(_ 3
= =il K)(K-mol)(IOOOJ)

55 kJ
mol

B If the activation energy of a reaction and the rate constant at one temperature are known, then we can calculate the reaction
rate at any other temperature. We can use Equation 1.5.5 to express the known rate constant (k1) at the first temperature (11) as
follows:

E,

Ink; =InA— BT,

Similarly, we can express the unknown rate constant (k,) at the second temperature (73) as follows:

E,
lnky=InA— =2
n Ko n A
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C These two equations contain four known quantities (E,, Ty, T>, and k1) and two unknowns (A and kp). We can eliminate A by
subtracting the first equation from the second:

Inks —Ink; = (lnA— Eq )— (lnA— Ea )

RT2 RTI
_E. B
RT, RIZ

Then

lnﬁ_&(L_L)
k R \ThW T

D To obtain the best prediction of chirping rate at 308 K (T3), we try to choose for T; and k; the measured rate constant and
corresponding temperature in the data table that is closest to the best-fit line in the graph. Choosing data for T; = 296 K, where
f= 158, and using the E, calculated previously,

wim B (Ll 1)

k, R \T\ T
55 kJ/mol (1000 J) ( 1 1 )
T 8314 J/(K-mol) \ 1kJ 206 K 308K

=0.87

Thus k3pg/kags = 2.4 and k3pg = (2.4)(158) = 380, and the chirping rate on a night when the temperature is 308 K is predicted to
be 380 chirps per minute.

? Exercise 1.5.14
The equation for the decomposition of NO, to NO and O, is second order in NO:
2NO;(g) — 2NO(g) + O2(g)

Data for the reaction rate as a function of temperature are listed in the following table. Calculate E, for the reaction and the rate
constant at 700 K.

Data for the reaction rate as a function of temperature

T (K) k(M s
592 522
603 755
627 1700
652 4020
656 5030

Answer

E, = 114 kJ/mol; kygo= 18,600 M 1-s™1 = 1.86 x 10* M 1-s71,

? Exercise 1.5.1B

What E, results in a doubling of the reaction rate with a 10°C increase in temperature from 20° to 30°C?

Answer

about 51 kJ/mol
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A Video Discussing Graphing Using the Arrhenius Equation:
[youtu.be]

Summary

For a chemical reaction to occur, an energy threshold must be overcome, and the reacting species must also have the correct spatial
orientation. The Arrhenius equation is k£ = Ae~Fa/ET, A minimum energy (activation energy,vE,) is required for a collision between
molecules to result in a chemical reaction. Plots of potential energy for a system versus the reaction coordinate show an energy
barrier that must be overcome for the reaction to occur. The arrangement of atoms at the highest point of this barrier is the activated
complex, or transition state, of the reaction. At a given temperature, the higher the E,, the slower the reaction. The fraction of
orientations that result in a reaction is the steric factor. The frequency factor, steric factor, and activation energy are related to the
rate constant in the Arrhenius equation: k = Ae~¥a/ET, A plot of the natural logarithm of k versus 1/T is a straight line with a slope
of —E/R.

is shared under a license and was authored, remixed, and/or curated by LibreTexts.
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1.6: Reaction Mechanisms

4b Learning Objectives

e To determine the individual steps of a simple reaction.

One of the major reasons for studying chemical kinetics is to use measurements of the macroscopic properties of a system, such as
the rate of change in the concentration of reactants or products with time, to discover the sequence of events that occur at the
molecular level during a reaction. This molecular description is the mechanism of the reaction; it describes how individual atoms,
ions, or molecules interact to form particular products. The stepwise changes are collectively called the reaction mechanism.

In an internal combustion engine, for example, isooctane reacts with oxygen to give carbon dioxide and water:
2 CgHs (1) + 2502 (g) — 16 CO2 (g) + 18 H0 (g) (1.6.1)

For this reaction to occur in a single step, 25 dioxygen molecules and 2 isooctane molecules would have to collide simultaneously
and be converted to 34 molecules of product, which is very unlikely. It is more likely that a complex series of reactions takes place
in a stepwise fashion. Each individual reaction, which is called an elementary reaction, involves one, two, or (rarely) three atoms,
molecules, or ions. The overall sequence of elementary reactions is the mechanism of the reaction. The sum of the individual steps,
or elementary reactions, in the mechanism must give the balanced chemical equation for the overall reaction.

I The overall sequence of elementary reactions is the mechanism of the reaction.

Molecularity and the Rate-Determining Step

To demonstrate how the analysis of elementary reactions helps us determine the overall reaction mechanism, we will examine the
much simpler reaction of carbon monoxide with nitrogen dioxide.

NO3 (g) + CO(g) — NO (g) + CO2 (g) (1.6.2)

From the balanced chemical equation, one might expect the reaction to occur via a collision of one molecule of NO; with a
molecule of CO that results in the transfer of an oxygen atom from nitrogen to carbon. The experimentally determined rate law for
the reaction, however, is as follows:

rate = k[NO,]? (1.6.3)

The fact that the reaction is second order in [NO,] and independent of [CO] tells us that it does not occur by the simple collision
model outlined previously. If it did, its predicted rate law would be

rate = k[NO;][CO].

The following two-step mechanism is consistent with the rate law if step 1 is much slower than step 2:

two-step mechanism

step 1 NO; + NO; 2% NO3 + NO elementary reaction
step 2 NO3z + CO — NO, + CO, elementary reaction
sum NO; + CO — NO+ CO. overall reaction

According to this mechanism, the overall reaction occurs in two steps, or elementary reactions. Summing steps 1 and 2 and
canceling on both sides of the equation gives the overall balanced chemical equation for the reaction. The NO3 molecule is an
intermediate in the reaction, a species that does not appear in the balanced chemical equation for the overall reaction. It is formed
as a product of the first step but is consumed in the second step.

The sum of the elementary reactions in a reaction mechanism must give the overall
balanced chemical equation of the reaction.
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Using Molecularity to Describe a Rate Law

The molecularity of an elementary reaction is the number of molecules that collide during that step in the mechanism. If there is
only a single reactant molecule in an elementary reaction, that step is designated as unimolecular; if there are two reactant
molecules, it is bimolecular; and if there are three reactant molecules (a relatively rare situation), it is termolecular. Elementary
reactions that involve the simultaneous collision of more than three molecules are highly improbable and have never been observed
experimentally. (To understand why, try to make three or more marbles or pool balls collide with one another simultaneously!)

il g e ‘jgo

1A X 1B=1 IAXIB=2 28X 2B=4 3AX2B=6
Figure 1.6.1: The Basis for Writing Rate Laws of Elementary Reactions. This diagram illustrates how the number of possible
collisions per unit time between two reactant species, A and B, depends on the number of A and B particles present. The number of
collisions between A and B particles increases as the product of the number of particles, not as the sum. This is why the rate law for
an elementary reaction depends on the product of the concentrations of the species that collide in that step. (CC BY-NC-SA;
anonymous)
Writing the rate law for an elementary reaction is straightforward because we know how many molecules must collide
simultaneously for the elementary reaction to occur; hence the order of the elementary reaction is the same as its molecularity
(Table 1.6.1). In contrast, the rate law for the reaction cannot be determined from the balanced chemical equation for the overall

reaction. The general rate law for a unimolecular elementary reaction (A — products) is
rate = k[A].

For bimolecular reactions, the reaction rate depends on the number of collisions per unit time, which is proportional to the product
of the concentrations of the reactants, as shown in Figure 1.6.1. For a bimolecular elementary reaction of the form A + B -
products, the general rate law is

rate = k[A][B].

Table 1.6.1: Common Types of Elementary Reactions and Their Rate Laws

Elementary Reaction Molecularity Rate Law Reaction Order
A - products unimolecular rate = k[A] first
2A - products bimolecular rate = k[A]2 second
A+ B - products bimolecular rate = k[A][B] second
2A + B - products termolecular rate = k[A]*[B] third
A+ B+ C - products termolecular rate = k[A][B][C] third

For elementary reactions, the order of the elementary reaction is the same as its
molecularity. In contrast, the rate law cannot be determined from the balanced chemical
equation for the overall reaction (unless it is a single step mechanism and is therefore
also an elementary step).

Identifying the Rate-Determining Step

Note the important difference between writing rate laws for elementary reactions and the balanced chemical equation of the overall
reaction. Because the balanced chemical equation does not necessarily reveal the individual elementary reactions by which the
reaction occurs, we cannot obtain the rate law for a reaction from the overall balanced chemical equation alone. In fact, it is the rate
law for the slowest overall reaction, which is the same as the rate law for the slowest step in the reaction mechanism, the rate-
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determining step, that must give the experimentally determined rate law for the overall reaction.This statement is true if one step
is substantially slower than all the others, typically by a factor of 10 or more. If two or more slow steps have comparable rates, the
experimentally determined rate laws can become complex. Our discussion is limited to reactions in which one step can be
identified as being substantially slower than any other. The reason for this is that any process that occurs through a sequence of
steps can take place no faster than the slowest step in the sequence. In an automotive assembly line, for example, a component
cannot be used faster than it is produced. Similarly, blood pressure is regulated by the flow of blood through the smallest passages,
the capillaries. Because movement through capillaries constitutes the rate-determining step in blood flow, blood pressure can be
regulated by medications that cause the capillaries to contract or dilate. A chemical reaction that occurs via a series of elementary
reactions can take place no faster than the slowest step in the series of reactions.

=2 2 =

Rate-determining step. The phenomenon of a rate-determining step can be compared to a succession of funnels. The smallest-
diameter funnel controls the rate at which the bottle is filled, whether it is the first or the last in the series. Pouring liquid into the
first funnel faster than it can drain through the smallest results in an overflow. (CC BY-NC-SA; anonymous)

Look at the rate laws for each elementary reaction in our example as well as for the overall reaction.

rate laws for each elementary reaction in our example as well as for the overall reaction.

step 1 NO; + NO, <1 NO3 + NO rate = k1[NO,)? (predicted)
step 2 NO3; + CO LN NO; + CO, rate = k3[NO3][CO] (predicted)
sum NO; + CO % NO + CO, rate = k[NO,|? (observed)

The experimentally determined rate law for the reaction of NOs with CO is the same as the predicted rate law for step 1. This tells
us that the first elementary reaction is the rate-determining step, so k for the overall reaction must equal k;. That is, NOg3 is formed
slowly in step 1, but once it is formed, it reacts very rapidly with CO in step 2.

Sometimes chemists are able to propose two or more mechanisms that are consistent with the available data. If a proposed
mechanism predicts the wrong experimental rate law, however, the mechanism must be incorrect.

v/ Example 1.6.1: A Reaction with an Intermediate

In an alternative mechanism for the reaction of NO, with CO with N,O, appearing as an intermediate.

alternative mechanism for the reaction of NO; with CO with N2O4 appearing as an intermediate.

step 1 NO, +NO; 24 N304
step 2 N204 + CO £ NO + NO, + CO,
sum NO; + CO— NO + CO.
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Write the rate law for each elementary reaction. Is this mechanism consistent with the experimentally determined rate law (rate
= kINO,]?)?

Given: elementary reactions

Asked for: rate law for each elementary reaction and overall rate law

Strategy:
A. Determine the rate law for each elementary reaction in the reaction.

B. Determine which rate law corresponds to the experimentally determined rate law for the reaction. This rate law is the one
for the rate-determining step.

Solution
A The rate law for step 1 is rate = kl[N02]2; for step 2, it is rate = ky[N,0,4][CO].

B If step 1 is slow (and therefore the rate-determining step), then the overall rate law for the reaction will be the same: rate =
ky[NO5 2. This is the same as the experimentally determined rate law. Hence this mechanism, with N»O4 as an intermediate,
and the one described previously, with NO3 as an intermediate, are kinetically indistinguishable. In this case, further
experiments are needed to distinguish between them. For example, the researcher could try to detect the proposed
intermediates, NO3 and N,O,, directly.

? Exercise 1.6.1

TIodine monochloride (ICI) reacts with H, as follows:

2ICI(1) + Hy(g) — 2HCl(g) +I2(s)

The experimentally determined rate law is rate = k[ICI|[H,]. Write a two-step mechanism for this reaction using only
bimolecular elementary reactions and show that it is consistent with the experimental rate law. (Hint: HI is an intermediate.)

Answer
Solutions to Exercise 14.6.1
step 1 IC1+ H, 24 HCl+ HI rate = k1 [ICl][Hy] (slow)
step 2 HI +IC1 % HCL+1, rate = ky[HIJ[ICI] (fast)
sum 2ICl1+ Hy — 2HCl + I

This mechanism is consistent with the experimental rate law if the first step is the rate-determining step.

v Example 1.6.2 : Nitrogen Oxide Reacting with Molecular Hydrogen

Assume the reaction between NO and H; occurs via a three-step process:

the reaction between NO and H occurs via a three-step process

step 1 NO + NO by N20, (fast)
step 2 NOg + Hy 225 N0 + H,0 (slow)
step 3 N30 + Hy %5 Ny + H,0 (fast)

Write the rate law for each elementary reaction, write the balanced chemical equation for the overall reaction, and identify the
rate-determining step. Is the rate law for the rate-determining step consistent with the experimentally derived rate law for the
overall reaction:

rate = k[NOJ?[H,]? (observed)
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Answer

o Step 1: rate = k;[NOJ]?

o Step 2: rate = k3[N3O2][Hy]
o Step 3: rate = k3|N2O][Hy]

The overall reaction is then
2NO(g) +2Ha(g) — N2 (g) +2H,0(g)

o Rate Determining Step : #2
e Yes, because the rate of formation of [N,Q,] = k;[NOJ2. Substituting k;[NO]? for [N2O,] in the rate law for step 2 gives the
experimentally derived rate law for the overall chemical reaction, where k = k1 ks.

Reaction Mechanism (Slow step followed by fast step):
[youtu.be]

Summary

A balanced chemical reaction does not necessarily reveal either the individual elementary reactions by which a reaction occurs or
its rate law. A reaction mechanism is the microscopic path by which reactants are transformed into products. Each step is an
elementary reaction. Species that are formed in one step and consumed in another are intermediates. Each elementary reaction can
be described in terms of its molecularity, the number of molecules that collide in that step. The slowest step in a reaction

mechanism is the rate-determining step.

is shared under a license and was authored, remixed, and/or curated by LibreTexts.
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1.7: Catalysis

4b Learning Objectives

e To understand how catalysts increase the reaction rate and the selectivity of chemical reactions.

Catalysts are substances that increase the reaction rate of a chemical reaction without being consumed in the process. A catalyst,
therefore, does not appear in the overall stoichiometry of the reaction it catalyzes, but it must appear in at least one of the
elementary reactions in the mechanism for the catalyzed reaction. The catalyzed pathway has a lower E,, but the net change in
energy that results from the reaction (the difference between the energy of the reactants and the energy of the products) is not
affected by the presence of a catalyst (Figure 1.7.1). Nevertheless, because of its lower E,, the reaction rate of a catalyzed reaction
is faster than the reaction rate of the uncatalyzed reaction at the same temperature. Because a catalyst decreases the height of the
energy barrier, its presence increases the reaction rates of both the forward and the reverse reactions by the same amount. In this
section, we will examine the three major classes of catalysts: heterogeneous catalysts, homogeneous catalysts, and enzymes.

Activated
complex

Uncatalyzed
reaction

Reactant

Potential energy

Catalyzed
reaction

AE

Product

Reaction coordinate

Figure 1.7.1: Lowering the Activation Energy of a Reaction by a Catalyst. This graph compares potential energy diagrams for a
single-step reaction in the presence and absence of a catalyst. The only effect of the catalyst is to lower the activation energy of the
reaction. The catalyst does not affect the energy of the reactants or products (and thus does not affect AE). (CC BY-NC-SA;
anonymous)

The green line represents the uncatalyzed reaction. The purple line represent the catalyzed reaction .

I A catalyst dffects E,, not AE.

Heterogeneous Catalysis

In heterogeneous catalysis, the catalyst is in a different phase from the reactants. At least one of the reactants interacts with the
solid surface in a physical process called adsorption in such a way that a chemical bond in the reactant becomes weak and then
breaks. Poisons are substances that bind irreversibly to catalysts, preventing reactants from adsorbing and thus reducing or
destroying the catalyst’s efficiency.

An example of heterogeneous catalysis is the interaction of hydrogen gas with the surface of a metal, such as Ni, Pd, or Pt. As
shown in part (a) in Figure 1.7.2, the hydrogen—hydrogen bonds break and produce individual adsorbed hydrogen atoms on the
surface of the metal. Because the adsorbed atoms can move around on the surface, two hydrogen atoms can collide and form a
molecule of hydrogen gas that can then leave the surface in the reverse process, called desorption. Adsorbed H atoms on a metal
surface are substantially more reactive than a hydrogen molecule. Because the relatively strong H-H bond (dissociation energy =
432 kJ/mol) has already been broken, the energy barrier for most reactions of Hy is substantially lower on the catalyst surface.
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Catalyst surface
(a) Hydrogen (H,) adsorbs to the (b) Ethylene (C,H,) adsorbs to {c) Ethylene reacts with adsorbed
catalyst surface (M) to form the catalyst surface. H atoms to give the product ethane
adsorbed H atoms. (C,Hg).

Figure 1.7.2: Hydrogenation of Ethylene on a Heterogeneous Catalyst. When a molecule of hydrogen adsorbs to the catalyst
surface, the H-H bond breaks, and new M—H bonds are formed. The individual H atoms are more reactive than gaseous H,. When
a molecule of ethylene interacts with the catalyst surface, it reacts with the H atoms in a stepwise process to eventually produce
ethane, which is released. (CC BY-NC-SA; anonymous)
Figure 1.7.2 shows a process called hydrogenation, in which hydrogen atoms are added to the double bond of an alkene, such as
ethylene, to give a product that contains C—C single bonds, in this case ethane. Hydrogenation is used in the food industry to
convert vegetable oils, which consist of long chains of alkenes, to more commercially valuable solid derivatives that contain alkyl
chains. Hydrogenation of some of the double bonds in polyunsaturated vegetable oils, for example, produces margarine, a product
with a melting point, texture, and other physical properties similar to those of butter.

Several important examples of industrial heterogeneous catalytic reactions are in Table 1.7.1. Although the mechanisms of these
reactions are considerably more complex than the simple hydrogenation reaction described here, they all involve adsorption of the
reactants onto a solid catalytic surface, chemical reaction of the adsorbed species (sometimes via a number of intermediate species),
and finally desorption of the products from the surface.

Table 1.7.1: Some Commercially Important Reactions that Employ Heterogeneous Catalysts

Commercial Process Catalyst Initial Reaction Final Commercial Product
contact process V505 or Pt 2505 + Oy - 2S03 H>SO4
Haber process Fe, K0, Al,03 N, + 3H, —» 2NHj3 NH3
Ostwald process Pt and Rh 4NH; + 50, - 4NO + 6H,0 HNO,
H, for NH3, CH30H, and oth
water—gas shift reaction Fe, Cry03, or Cu CO + H,O - COy + Hp 2 1O NS ¢ ? anc other
uels
steam reforming Ni CH4 + H,O - CO + 3H, Hj
methanol synthesis ZnO and Cr,05 CO + 2H, —~ CH;0H CH;0H
CH,=CHCH; + NH; + 20
Sohio process bismuth phosphomolybdate ? 3+ NHs 502 CH,=CHCN
— CHp=CHCN + 3H,;0 acrylonttrile
RCH=CHR' + H2 - RCHy— ially h: ils f
catalytic hydrogenation Nij, Pd, or Pt CH=C CH, partially Ydrogenated ors for
CHyR' margarine, and so forth

Homogeneous Catalysis

In homogeneous catalysis, the catalyst is in the same phase as the reactant(s). The number of collisions between reactants and
catalyst is at a maximum because the catalyst is uniformly dispersed throughout the reaction mixture. Many homogeneous catalysts
in industry are transition metal compounds (Table 1.7.2), but recovering these expensive catalysts from solution has been a major
challenge. As an added barrier to their widespread commercial use, many homogeneous catalysts can be used only at relatively low
temperatures, and even then they tend to decompose slowly in solution. Despite these problems, a number of commercially viable
processes have been developed in recent years. High-density polyethylene and polypropylene are produced by homogeneous
catalysis.

Table 1.7.2: Some Commercially Important Reactions that Employ Homogeneous Catalysts
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Commercial Process Catalyst Reactants Final Product
Union Carbide [Rh(CO),15]” CO + CH30H CH;3CO.H
CHiCH —CHy o
hydroperoxide process Mo(VI) complexes CH,;CH=CH, + R-O-O-H o

propylene oxide

hydroformylation Rh/PR3 complexes RCH=CH, + CO + H, RCH,CH,CHO
. - . NCCH,CH,CH,CH,CN used to
adiponitrile process Ni/PRzcomplexes 2HCN + CH,=CHCH=CH, .
synthesize nylon
—(CH,CHjy-),,: high- i
olefin polymerization (RCsHs),ZrCly CH,=CH, (CH,CH-)o: high-density
polyethylene
Enzymes

Enzymes, catalysts that occur naturally in living organisms, are almost all protein molecules with typical molecular masses of
20,000-100,000 amu. Some are homogeneous catalysts that react in aqueous solution within a cellular compartment of an
organism. Others are heterogeneous catalysts embedded within the membranes that separate cells and cellular compartments from
their surroundings. The reactant in an enzyme-catalyzed reaction is called a substrate.

Because enzymes can increase reaction rates by enormous factors (up to 107 times the uncatalyzed rate) and tend to be very
specific, typically producing only a single product in quantitative yield, they are the focus of active research. At the same time,
enzymes are usually expensive to obtain, they often cease functioning at temperatures greater than 37 °C, have limited stability in
solution, and have such high specificity that they are confined to turning one particular set of reactants into one particular product.
This means that separate processes using different enzymes must be developed for chemically similar reactions, which is time-
consuming and expensive. Thus far, enzymes have found only limited industrial applications, although they are used as ingredients
in laundry detergents, contact lens cleaners, and meat tenderizers. The enzymes in these applications tend to be proteases, which are
able to cleave the amide bonds that hold amino acids together in proteins. Meat tenderizers, for example, contain a protease called
papain, which is isolated from papaya juice. It cleaves some of the long, fibrous protein molecules that make inexpensive cuts of
beef tough, producing a piece of meat that is more tender. Some insects, like the bombadier beetle, carry an enzyme capable of
catalyzing the decomposition of hydrogen peroxide to water (Figure 1.7.3).

Figure 1.7.3: A Catalytic Defense Mechanism. The scalding, foul-smelling spray emitted by this bombardier beetle is produced by

the catalytic decomposition of HyOg.
Enzyme inhibitors cause a decrease in the reaction rate of an enzyme-catalyzed reaction by binding to a specific portion of an
enzyme and thus slowing or preventing a reaction from occurring. Irreversible inhibitors are therefore the equivalent of poisons in
heterogeneous catalysis. One of the oldest and most widely used commercial enzyme inhibitors is aspirin, which selectively
inhibits one of the enzymes involved in the synthesis of molecules that trigger inflammation. The design and synthesis of related
molecules that are more effective, more selective, and less toxic than aspirin are important objectives of biomedical research.

Summary

Catalysts participate in a chemical reaction and increase its rate. They do not appear in the reaction’s net equation and are not
consumed during the reaction. Catalysts allow a reaction to proceed via a pathway that has a lower activation energy than the

uncatalyzed reaction. In heterogeneous catalysis, catalysts provide a surface to which reactants bind in a process of adsorption. In
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homogeneous catalysis, catalysts are in the same phase as the reactants. Enzymes are biological catalysts that produce large
increases in reaction rates and tend to be specific for certain reactants and products. The reactant in an enzyme-catalyzed reaction is
called a substrate. Enzyme inhibitors cause a decrease in the reaction rate of an enzyme-catalyzed reaction.

1.7: Catalysis is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

e 14.7: Catalysis is licensed CC BY-NC-SA 3.0.
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CHAPTER OVERVIEW

Unit 2: Chemical Equilibrium
Unit 2 Objectives

By the end of this unit, you will be able to:

o Describe the concept of dynamic equilibrium

o Calculate equilibrium constants from data set and modify equilibrium constants (mathematically) when reactions are altered
¢ Relate Kc and Kp

o Calculate equilibrium concentrations from initial conditions use ICE tables (simple, quadratic and assumption)
o Predict the direction of a reaction from a reaction quotient and equilibrium constant
e Describe LeChatelier's Principle

o Predict direction of change of reaction based upon changes in reaction conditions (temperature, addn of reactants or products,
volume change)

2.1: The Concept of Dynamic Equilibrium

2.2: The Equilibrium Constant (K)

2.3: Expressing the Equilibrium Constant in Terms of Pressure

2.4: Interpreting and Working with Equilibrium Constants

2.5: Heterogenous Equilibria - Reactions Involving Solids and Liquids
2.6: The Reaction Quotient- Predicting the Direction of Change

2.7: Le Chatelier’s Principle- How a System at Equilibrium Responds to Disturbances

Unit 2: Chemical Equilibrium is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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2.1: The Concept of Dynamic Equilibrium

4} Learning Objectives

e Describe the nature of equilibrium systems
o Explain the dynamic nature of a chemical equilibrium

A chemical reaction is usually written in a way that suggests it proceeds in one direction, the direction in which we read, but all
chemical reactions are reversible, and both the forward and reverse reaction occur to one degree or another depending on
conditions. In a chemical equilibrium, the forward and reverse reactions occur at equal rates, and the concentrations of products and
reactants remain constant. If we run a reaction in a closed system so that the products cannot escape, we often find the reaction
does not give a 100% yield of products. Instead, some reactants remain after the concentrations stop changing. At this point, when
there is no further change in concentrations of reactants and products, we say the reaction is at equilibrium. A mixture of reactants
and products is found at equilibrium.

For example, when we place a sample of dinitrogen tetroxide (IN2Oa, a colorless gas) in a glass tube, it forms nitrogen dioxide (
NOs, a brown gas) by the reaction

N,O4 (g) = 2NO0, (g) (2.1.1)

The color becomes darker as N3O, is converted to NOy. When the system reaches equilibrium, both N;O4 and NO, are present
(Figure 2.1.1).
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Figure 2.1.1: A mixture of NO, and N,O, moves toward equilibrium. Colorless N;O, reacts to form brown NO,. As the reaction
proceeds toward equilibrium, the color of the mixture darkens due to the increasing concentration of NO,.

A three-part diagram is shown. At the top of the diagram, three beakers are shown, and each one contains a sealed tube. The tube in
the left beaker is full of a colorless gas which is connected to a zoom-in view of the particles in the tube by a downward-facing
arrow. This particle view shows seven particles, each composed of two connected blue spheres. Each blue sphere is connected to
two red spheres. The tube in the middle beaker is full of a light brown gas which is connected to a zoom-in view of the particles in
the tube by a downward-facing arrow. This particle view shows nine particles, five of which are composed of two connected blue
spheres. Each blue sphere is connected to two red spheres. The remaining four are composed of two red spheres connected to a blue
sphere. The tube in the right beaker is full of a brown gas which is connected to a zoom-in view of the particles in the tube by a
downward-facing arrow. This particle view shows eleven particles, three of which are composed of two connected blue spheres.
Each blue sphere is connected to two red spheres. The remaining eight are composed of two red spheres connected to a blue sphere.
At the bottom of the image are two graphs. The left graph has a y-axis labeled, “Concentration,” and an x-axis labeled, “Time.” A
red line labeled, “N O subscript 2,” begins in the bottom left corner of the graph at a point labeled, “0,” and rises near the highest
point on the y-axis before it levels off and becomes horizontal. A blue line labeled, “N subscript 2 O subscript 4,” begins near the
highest point on the y-axis and drops below the midpoint of the y-axis before leveling off. The right graph has a y-axis labeled,
“Rate,” and an x-axis labeled, “Time.” A red line labeled, “k subscript f, [ N subscript 2 O subscript 4 ],” begins in the bottom left
corner of the graph at a point labeled, “0,” and rises near the middle of the y-axis before it levels off and becomes horizontal. A
blue line labeled, “k subscript f, [ N O subscript 2 ] superscript 2,” begins near the highest point on the y-axis and drops to the same
point on the y-axis as the red line before leveling off. The point where both lines become horizontal is labeled, “Equilibrium
achieved.”

The formation of NO; from N,0, is a reversible reaction, which is identified by the equilibrium arrow (). All reactions are
reversible, but many reactions, for all practical purposes, proceed in one direction until the reactants are exhausted and will reverse
only under certain conditions. Such reactions are often depicted with a one-way arrow from reactants to products. Many other
reactions, such as the formation of NO; from N:Oy, are reversible under more easily obtainable conditions and, therefore, are
named as such. In a reversible reaction, the reactants can combine to form products and the products can react to form the reactants.
Thus, not only can N,O, decompose to form NO,, but the NO, produced can react to form N,Q4. As soon as the forward reaction
produces any NO,, the reverse reaction begins and NO, starts to react to form N,QOy4. At equilibrium, the concentrations of N,O,4 and
NO; no longer change because the rate of formation of NO, is exactly equal to the rate of consumption of NO,, and the rate of
formation of N,O, is exactly equal to the rate of consumption of N,O4. Chemical equilibrium is a dynamic process: As with the
swimmers and the sunbathers, the numbers of each remain constant, yet there is a flux back and forth between them (Figure 2.1.2).
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Figure 2.1.2: These jugglers provide an illustration of dynamic equilibrium. Each throws clubs to the other at the same rate at which

he receives clubs from that person. Because clubs are thrown continuously in both directions, the number of clubs moving in each

direction is constant, and the number of clubs each juggler has at a given time remains (roughly) constant.
In a chemical equilibrium, the forward and reverse reactions do not stop, rather they continue to occur at the same rate, leading to
constant concentrations of the reactants and the products. Plots showing how the reaction rates and concentrations change with
respect to time are shown in Figure 2.1.1.

We can detect a state of equilibrium because the concentrations of reactants and products do not appear to change. However, it is
important that we verify that the absence of change is due to equilibrium and not to a reaction rate that is so slow that changes in
concentration are difficult to detect.

We use a double arrow when writing an equation for a reversible reaction. Such a reaction may or may not be at equilibrium. For
example, Figure 2.1.1 shows the reaction:

N3Oy (g) = 2NO, (g) (2.1.2)

When we wish to speak about one particular component of a reversible reaction, we use a single arrow. For example, in the
equilibrium shown in Figure 2.1.1, the rate of the forward reaction

is equal to the rate of the backward reaction

X Equilibrium and Soft Drinks

The connection between chemistry and carbonated soft drinks goes back to 1767, when Joseph Priestley (1733-1804; mostly
known today for his role in the discovery and identification of oxygen) discovered a method of infusing water with carbon
dioxide to make carbonated water. In 1772, Priestly published a paper entitled “Impregnating Water with Fixed Air.” The paper
describes dripping oil of vitriol (today we call this sulfuric acid, but what a great way to describe sulfuric acid: “oil of vitriol”
literally means “liquid nastiness”) onto chalk (calcium carbonate). The resulting CO, falls into the container of water beneath
the vessel in which the initial reaction takes place; agitation helps the gaseous CO- mix into the liquid water.

N9O4(g) — 2NO,(g) (2.1.4)

H,S04 (1) + CaCO3(s) — CO2(g) +H20(l) + CaSO4(aq)

Carbon dioxide is slightly soluble in water. There is an equilibrium reaction that occurs as the carbon dioxide reacts with the
water to form carbonic acid (H2COs3). Since carbonic acid is a weak acid, it can dissociate into protons (H*) and hydrogen
carbonate ions (HCOy).

CO2 (aq) + HoO(1) = HzCO3(aq) = HCO3™ (aq) + H* (aq)

Today, CO, can be pressurized into soft drinks, establishing the equilibrium shown above. Once you open the beverage
container, however, a cascade of equilibrium shifts occurs. First, the CO, gas in the air space on top of the bottle escapes,
causing the equilibrium between gas-phase CO, and dissolved or aqueous CO; to shift, lowering the concentration of CO, in
the soft drink. Less CO, dissolved in the liquid leads to carbonic acid decomposing to dissolved CO, and H>O. The lowered
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carbonic acid concentration causes a shift of the final equilibrium. As long as the soft drink is in an open container, the CO,
bubbles up out of the beverage, releasing the gas into the air (Figure 2.1.3). With the lid off the bottle, the CO, reactions are no
longer at equilibrium and will continue until no more of the reactants remain. This results in a soft drink with a much lowered
CO, concentration, often referred to as “flat.”

Figure 2.1.3: When a soft drink is opened, several equilibrium shifts occur. (credit: modification of work by “D
Coetzee”/Flickr)

A bottle of soda sitting on the ground is shown with a large amount of fizz-filled liquid spewing out of the top.

X Sublimation of Bromine

Let us consider the evaporation of bromine as a second example of a system at equilibrium.
Bry(I) + Bra(g)

An equilibrium can be established for a physical change—Ilike this liquid to gas transition—as well as for a chemical reaction.
Figure 2.1.4 shows a sample of liquid bromine at equilibrium with bromine vapor in a closed container. When we pour liquid
bromine into an empty bottle in which there is no bromine vapor, some liquid evaporates, the amount of liquid decreases, and
the amount of vapor increases. If we cap the bottle so no vapor escapes, the amount of liquid and vapor will eventually stop
changing and an equilibrium between the liquid and the vapor will be established. If the bottle were not capped, the bromine
vapor would escape and no equilibrium would be reached.

Figure 2.1.4: An equilibrium is pictured between liquid bromine, Bry(1), the dark liquid, and bromine vapor, Bry(g), the orange
gas. Because the container is sealed, bromine vapor cannot escape and equilibrium is maintained. (credit: Bromine [images-of-
elements.com]).

A glass container is shown that is filled with an orange-brown gas and a small amount of dark orange liquid.

Summary

A reaction is at equilibrium when the amounts of reactants or products no longer change. Chemical equilibrium is a dynamic
process, meaning the rate of formation of products by the forward reaction is equal to the rate at which the products re-form
reactants by the reverse reaction.

Glossary

equilibrium
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in chemical reactions, the state in which the conversion of reactants into products and the conversion of products back into
reactants occur simultaneously at the same rate; state of balance

reversible reaction

chemical reaction that can proceed in both the forward and reverse directions under given conditions

2.1: The Concept of Dynamic Equilibrium is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

e 13.2: Chemical Equilibria by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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2.2: The Equilibrium Constant (K)

4b Learning Objectives

e To know the relationship between the equilibrium constant and the rate constants for the forward and reverse reactions.
e To write an equilibrium constant expression for any reaction.

Because an equilibrium state is achieved when the forward reaction rate equals the reverse reaction rate, under a given set of
conditions there must be a relationship between the composition of the system at equilibrium and the kinetics of a reaction
(represented by rate constants). We can show this relationship using the decomposition reaction of N2O4 to NO2. Both the forward
and reverse reactions for this system consist of a single elementary reaction, so the reaction rates are as follows:

forward rate = k¢[NoO4]
and
reverse rate = k,[NOg]2

At equilibrium, the forward rate equals the reverse rate (definition of equilibrium):

kf[N304] = k,[NO,]? (22.1)
S0
kg _ [NOz]2
& - Moo (2.2.2)

The ratio of the rate constants gives us a new constant, the equilibrium constant (), which is defined as follows:
k
K=+ (2.2.3)
kr
Hence there is a fundamental relationship between chemical kinetics and chemical equilibrium: under a given set of conditions, the
composition of the equilibrium mixture is determined by the magnitudes of the rate constants for the forward and the reverse
reactions.
The equilibrium constant is equal to the rate constant for the forward reaction divided by
the rate constant for the reverse reaction.

A Video for Determining the Equilibrium Expression: [youtu.be]

Table 2.2.1 lists the initial and equilibrium concentrations from five different experiments using the reaction system described by
Equation 2.2.1. At equilibrium the magnitude of the quantity [NO]?/[N20,] is essentially the same for all five experiments. In fact,
no matter what the initial concentrations of NO; and N,Oy are, at equilibrium the quantity [NO2]2/[N204] will always be 6.53 + 0.03
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x 1073 at 25°C, which corresponds to the ratio of the rate constants for the forward and reverse reactions. That is, at a given
temperature, the equilibrium constant for a reaction always has the same value, even though the specific concentrations of the
reactants and products vary depending on their initial concentrations.

Table 2.2.1: Initial and Equilibrium Concentrations for NO, : NyO4 Mixtures at 25°C

[\(\ce{NO2}})] (M) Initial Concefi(rat{did2}\)] (M) Concentrations at Equilibrium
Experiment [N504] (M) [NO5] (M) [N204] (M) [NO;] (M) K = [NO3J?/[N304]
1 0.0500 0.0000 0.0417 0.0165 6.54 x 1073
2 0.0000 0.1000 0.0417 0.0165 6.54 x 1073
3 0.0750 0.0000 0.0647 0.0206 6.56 x 1072
4 0.0000 0.0750 0.0304 0.0141 6.54 x 1072
5 0.0250 0.0750 0.0532 0.0186 6.50 x 1073

Developing an Equilibrium Constant Expression

In 1864, the Norwegian chemists Cato Guldberg (1836-1902) and Peter Waage (1833-1900) carefully measured the compositions
of many reaction systems at equilibrium. They discovered that for any reversible reaction of the general form

aA+bB= cC+dD (2.2.4)

where A and B are reactants, C and D are products, and a, b, ¢, and d are the stoichiometric coefficients in the balanced chemical
equation for the reaction, the ratio of the product of the equilibrium concentrations of the products (raised to their coefficients in the
balanced chemical equation) to the product of the equilibrium concentrations of the reactants (raised to their coefficients in the
balanced chemical equation) is always a constant under a given set of conditions. This relationship is known as the law of mass
action (or law of chemical equilibrium) and can be stated as follows:

[c]°[D)?
- 2.2.5
(A (BP 229
where K is the equilibrium constant for the reaction. Equation 2.2.4 is called the equilibrium equation, and the right side of
Equation 2.2.5 is called the equilibrium constant expression. The relationship shown in Equation 2.2.5 is true for any pair of
opposing reactions regardless of the mechanism of the reaction or the number of steps in the mechanism.

The equilibrium constant can vary over a wide range of values. The values of K shown in Table 2.2.2, for example, vary by 60
orders of magnitude. Because products are in the numerator of the equilibrium constant expression and reactants are in the
denominator, values of K greater than 102 indicate a strong tendency for reactants to form products. In this case, chemists say that
equilibrium lies to the right as written, favoring the formation of products. An example is the reaction between H, and Cl, to
produce HC!, which has an equilibrium constant of 1.6 x 10 at 300 K. Because H, is a good reductant and Cl; is a good oxidant,
the reaction proceeds essentially to completion. In contrast, values of K less than 10~ indicate that the ratio of products to reactants
at equilibrium is very small. That is, reactants do not tend to form products readily, and the equilibrium lies to the left as written,
favoring the formation of reactants.

Table 2.2.2: Equilibrium Constants for Selected Reactions*
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Reaction Temperature (K) Equilibrium Constant (K)
S(s) + Oa(g) = SOy 300 44 % 10%
2Hy () + Oy = 2H20 ) 500 24 % 10%
Hyg)+ Clyg) = 2HCl ) 300 1.6 x 10%
Hyg) + Brag = 2HBr(; 300 41x10™
2NO(y) + Oy = 2NOx) 300 42x 10"
3Hy(g) + Ny = 2NHj, 300 2.7 x 10®
Hyg) + Dy = 2HD 100 1.92

Hyy) + In) = 2HI 300 29x 107!
Iy = 21 800 46x1077

Brag) = 2Br(, 1000 4.0x 1077
Clyg) = 2Cl,) 1000 1.8x107°

Fyg) = 2F, 500 74x 10713

*Equilibrium constants vary with temperature. The K values shown are for systems at the indicated temperatures.

X Effective vs. True Concentrations

You will also notice in Table 2.2.2 that equilibrium constants have no units, even though Equation 2.2.5 suggests that the units

of concentration might not always cancel because the exponents may vary. In fact, equilibrium constants are calculated
using “effective concentrations,” or activities, of reactants and products, which are the ratios of the measured
concentrations to a standard state of 1 M. As shown in Equation 2.2.6, the units of concentration cancel, which makes K
unitless as well:

Alneaswrea_ M _ A
[A] standard state M m;i

Because equilibrium constants are calculated using “effective concentrations” relative to a standard state of 1 M, values of K
are unitless.

(2.2.6)

Many reactions have equilibrium constants between 1000 and 0.001 (10%® > K > 1073), neither very large nor very small. At
equilibrium, these systems tend to contain significant amounts of both products and reactants, indicating that there is not a strong
tendency to form either products from reactants or reactants from products. An example of this type of system is the reaction of
gaseous hydrogen and deuterium, a component of high-stability fiber-optic light sources used in ocean studies, to form HD:

H; (g) + D2 (g) = 2HD((g)
The equilibrium constant expression for this reaction is

[HD)?

K= 1m0y

with K varying between 1.9 and 4 over a wide temperature range (100-1000 K). Thus an equilibrium mixture of Hs, Do, and HD
contains significant concentrations of both product and reactants.

Figure 2.2.3 summarizes the relationship between the magnitude of K and the relative concentrations of reactants and products at
equilibrium for a general reaction, written as reactants = products. Because there is a direct relationship between the kinetics of a

reaction and the equilibrium concentrations of products and reactants (Equations 2.2.6 and 2.2.5), when k; > k,, K is a large
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number, and the concentration of products at equilibrium predominate. This corresponds to an essentially irreversible reaction.
Conversely, when ks < k,, K is a very small number, and the reaction produces almost no products as written. Systems for which
ks =~ k, have significant concentrations of both reactants and products at equilibrium.

Magnitude of K increasing —

Small Intermediate Large
(K<107? (103 =Kk =10% (K>10%)
000000 000006
000000 ” o2 | 3822 000000
000000 - e e06s e PODOO O
000000 000090
Reactants Products Reactants Products Reactants Products
Mostly reactants Significant amounts Mostly products

of reactants and products

Composition of equilibrium mixture

Figure 2.2.3: The Relationship between the Composition of the Mixture at Equilibrium and the Magnitude of the Equilibrium
Constant. The larger the K, the farther the reaction proceeds to the right before equilibrium is reached, and the greater the ratio of
products to reactants at equilibrium.

If K is less than 0.001, it is considered small and it will be mostly reactants. If K is greater than 1000, it is considered large and it
will be mostly products. If K is greater than or equal to 0.001 and less than or equal to 1000, it is considered intermediate. there
will be significant amounts or reactants and products.

A large value of the equilibrium constant K means that products predominate at
equilibrium; a small value means that reactants predominate at equilibrium.

v/ Example 2.2.1: Equilibrium Constant Expressions

Write the equilibrium constant expression for each reaction.

o Ni(g) +3Hz(g) = 2NH;(g)
e CO(g) + 3 Oz2(g) = CO:(g)
o 2C0;(g) = 2CO(g) + Oz (g)

Given: balanced chemical equations
Asked for: equilibrium constant expressions
Strategy:

Refer to Equation 2.2.5. Place the arithmetic product of the concentrations of the products (raised to their stoichiometric
coefficients) in the numerator and the product of the concentrations of the reactants (raised to their stoichiometric coefficients)
in the denominator.

Solution:

The only product is ammonia, which has a coefficient of 2. For the reactants, N, has a coefficient of 1 and H, has a coefficient
of 3. The equilibrium constant expression is as follows:

[NH;3)?
[N2][Ho]3

The only product is carbon dioxide, which has a coefficient of 1. The reactants are CO, with a coefficient of 1, and O,, with a
coefficient of 1. Thus the equilibrium constant expression is as follows:

[CO,]
[CO][O,]*/2

This reaction is the reverse of the reaction in part b, with all coefficients multiplied by 2 to remove the fractional coefficient for
O,. The equilibrium constant expression is therefore the inverse of the expression in part b, with all exponents multiplied by 2
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[CO%[O,]
[CO.J?

? Exercise 2.2.1

Write the equilibrium constant expression for each reaction.
a. N20(g) = Nz (g) + 7 02(g)
b. 2CsHis (g) +25 02 (g) = 16 CO; (g) + 18 H,O (g)
C.Hy(g) +12(g) = 2HI(g)

Answer a

K= [N2][02]/2
[N20]

Answer b

_ [CO,)"[H0)'®

K= [CsH1s]?[02]%
Answer c
(12
" [Hn]

v/ Example 2.2.2

Predict which systems at equilibrium will (a) contain essentially only products, (b) contain essentially only reactants, and (c)
contain appreciable amounts of both products and reactants.

1. Hyg) + Iy = 2HI(, K700y = 54

2. 2002(9) = 200(9) + 02(9) K(1200K) =31x10"18
3. PClgg) = PCl3(g) + Clag) Kg13x) = 97

4. 2035 = 309 K (2985) = 5.9 % 10%

Given: systems and values of K
Asked for: composition of systems at equilibrium
Strategy:

Use the value of the equilibrium constant to determine whether the equilibrium mixture will contain essentially only products,
essentially only reactants, or significant amounts of both.

Solution:

a. Only system 4 has K > 103, so at equilibrium it will consist of essentially only products.

b. System 2 has K « 1072, so the reactants have little tendency to form products under the conditions specified; thus, at
equilibrium the system will contain essentially only reactants.

c. Both systems 1 and 3 have equilibrium constants in the range 10% > K > 1073, indicating that the equilibrium mixtures will
contain appreciable amounts of both products and reactants.

? Exercise 2.2.2

Hydrogen and nitrogen react to form ammonia according to the following balanced chemical equation:

3H;(g) + N3 (g) = 2NH;(g)

Values of the equilibrium constant at various temperatures were reported as

o Kosoc = 3.3 x 108,
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o Kirrec=2.6 X 103, and
o Ksopro=4.1.

a. At which temperature would you expect to find the highest proportion of H, and N, in the equilibrium mixture?
b. Assuming that the reaction rates are fast enough so that equilibrium is reached quickly, at what temperature would you
design a commercial reactor to operate to maximize the yield of ammonia?

Answer a
327°C, where K is smallest
Answer b

25°C

Video which Discusses What Does K Tell us About a Reaction?:
[youtu.be]

Variations in the Form of the Equilibrium Constant Expression

Because equilibrium can be approached from either direction in a chemical reaction, the equilibrium constant expression and thus
the magnitude of the equilibrium constant depend on the form in which the chemical reaction is written. For example, if we write
the reaction described in Equation 2.2.4 in reverse, we obtain the following:

¢C+dD = aA+bB (2.2.7)
The corresponding equilibrium constant K’ is as follows:

_ (B
[CIelD)e

This expression is the inverse of the expression for the original equilibrium constant, so K’= 1/K. That is, when we write a reaction

K’ (2.2.8)

in the reverse direction, the equilibrium constant expression is inverted. For instance, the equilibrium constant for the reaction
N304 = 2NO, is as follows:

[NO4]?
= 2.2.9
N204] (22.9)
but for the opposite reaction, 2NO» == N0y, the equilibrium constant K' is given by the inverse expression:
,_ [N204]
= 2.2.10
[NO.]2 ( )

Consider another example, the formation of water:

2H;(g) + O2(g) = 2H,0(g).
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Because H, is a good reductant and O, is a good oxidant, this reaction has a very large equilibrium constant (K = 2.4 x 10" at 500
K). Consequently, the equilibrium constant for the reverse reaction, the decomposition of water to form O, and Hy, is very small: K
'=1/K =1/(2.4 x 10*7) = 4.2 x 10~%. As suggested by the very small equilibrium constant, and fortunately for life as we know it, a
substantial amount of energy is indeed needed to dissociate water into H; and O,.

The equilibrium constant for a reaction written in reverse is the inverse of the equilibrium
constant for the reaction as written originally.

Writing an equation in different but chemically equivalent forms also causes both the equilibrium constant expression and the
magnitude of the equilibrium constant to be different. For example, we could write the equation for the reaction

2NO; = N304
as
NO, = %N204

with the equilibrium constant K" is as follows:

1/2
o O
[NOo]

(2.2.11)
The values for K' (Equation 2.2.10) and K" are related as follows:
K'=(K")*=vVK' (2.2.12)

In general, if all the coefficients in a balanced chemical equation were subsequently multiplied by =, then the new equilibrium
constant is the original equilibrium constant raised to the n** power.

A Video Discussing Relationships Involving Equilibrium Constants:

v/ Example 2.2.3: The Haber Process

At 745 K, K is 0.118 for the following reaction:

[youtu.be]

N2 (g) + 3Hz (g) = 2NH;(g)
What is the equilibrium constant for each related reaction at 745 K?

a. 2NH; (g) = N2 (g) + 3Ha (g)
b. $ Na(g) + 3 Ha(g) = NHs(g)

Given: balanced equilibrium equation, K at a given temperature, and equations of related reactions

Asked for: values of K for related reactions
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Strategy:

Write the equilibrium constant expression for the given reaction and for each related reaction. From these expressions,
calculate K for each reaction.

Solution:

The equilibrium constant expression for the given reaction of Ny with Hy) to produce NHj, at 745 K is as follows:

[N2][He]?
This reaction is the reverse of the one given, so its equilibrium constant expression is as follows:

,_ 1 [NJHE 1
K=%= [NH32 ~— 0.118 =847

In this reaction, the stoichiometric coefficients of the given reaction are divided by 2, so the equilibrium constant is calculated
as follows:

[N Hj)] 1
K'=—— "3 _ _g12_K=+0118=0.344
[N, \/2[Ho]?/2 VK

? Exercise

At 527°C, the equilibrium constant for the reaction
250, (g) + O2(g) = 2503(g)

is 7.9 x 10%. Calculate the equilibrium constant for the following reaction at the same temperature:
SO3(g) = SO2 (g) + 1 02 (g)

Answer

3.6x 1073

Equilibrium Constant Expressions for Systems that Contain Gases

For reactions that involve species in solution, the concentrations used in equilibrium calculations are usually expressed in
moles/liter. For gases, however, the concentrations are usually expressed in terms of partial pressures rather than molarity, where
the standard state is 1 atm of pressure. The symbol K, is used to denote equilibrium constants calculated from partial pressures. For
the general reaction aA + bB = ¢C + dD, in which all the components are gases, the equilibrium constant expression can be written
as the ratio of the partial pressures of the products and reactants (each raised to its coefficient in the chemical equation):

(Po)*(Pp)?

K = Baye(@ay 2219

Thus K, for the decomposition of N,04 (Equation 15.1) is as follows:

K, = (Pro,)* (2.2.14)

Pn,o0,

Like K, K, is a unitless quantity because the quantity that is actually used to calculate it is an “effective pressure,” the ratio of the
measured pressure to a standard state of 1 bar (approximately 1 atm), which produces a unitless quantity. The “effective pressure”
is called the fugacity, just as activity is the effective concentration.

Because partial pressures are usually expressed in atmospheres or mmHg, the molar concentration of a gas and its partial pressure
do not have the same numerical value. Consequently, the numerical values of K and K, are usually different. They are, however,
related by the ideal gas constant (R) and the absolute temperature (T):

K, = K(RT)A" (2.2.15)
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where K is the equilibrium constant expressed in units of concentration and An is the difference between the numbers of moles of
gaseous products and gaseous reactants (n, — n,.). The temperature is expressed as the absolute temperature in Kelvin. According
to Equation 2.2.15, K, = K only if the moles of gaseous products and gaseous reactants are the same (i.e., An = 0). For the
decomposition of N2Oy, there are 2 mol of gaseous product and 1 mol of gaseous reactant, so An = 1. Thus, for this reaction,

\[K_p = K(RT)A1 = KRT \nonumber \]

v/ Example 2.2.4: The Haber Process (again)

The equilibrium constant for the reaction of nitrogen and hydrogen to give ammonia is 0.118 at 745 K. The balanced

equilibrium equation is as follows:
N3 (g) + 3H; (g) = 2NH;(g)
What is K, for this reaction at the same temperature?
Given: equilibrium equation, equilibrium constant, and temperature
Asked for: K,
Strategy:
Use the coefficients in the balanced chemical equation to calculate An. Then use Equation 2.2.15 to calculate K from K.
Solution:

This reaction has 2 mol of gaseous product and 4 mol of gaseous reactants, so An = (2 —4) = —2. We know K, and T' = 745 K.
Thus, from Equation 2.2.12, we have the following:

K, = K(RT)_2
K
" (RI)
0.118
~ {[0.08206(L - atm)/(mol - K)|[745 K]}2
=3.16x 1073

Because K, is a unitless quantity, the answer is K, = 3.16 x 1075,

? Exercise 2.2.4

Calculate K, for the reaction

280 (g) + O2(g) = 2503(g)

at 527°C, if K = 7.9 x 10* at this temperature.

Answer

K,=12x10°
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Video Discussing Converting Kc to Kp: [youtu.be]

Equilibrium Constant Expressions for the Sums of Reactions

Chemists frequently need to know the equilibrium constant for a reaction that has not been previously studied. In such cases, the
desired reaction can often be written as the sum of other reactions for which the equilibrium constants are known. The equilibrium
constant for the unknown reaction can then be calculated from the tabulated values for the other reactions.

To illustrate this procedure, let’s consider the reaction of Ny with O, to give NO,. This reaction is an important source of the NO,
that gives urban smog its typical brown color. The reaction normally occurs in two distinct steps. In the first reaction (step 1), N2
reacts with Q, at the high temperatures inside an internal combustion engine to give NO. The released NO then reacts with
additional O, to give NO (step 2). The equilibrium constant for each reaction at 100°C is also given.

Ny (g) + O2(g) = 2NO(g) K;=20x10"%
2NO (g) + 02 (g) = 2NO;(g) Kz =6.4x 10°
Summing reactions (step 1) and (step 2) gives the overall reaction of N, with Oy:
Nz (g) +202(g) =2NOy(g) K3=?
The equilibrium constant expressions for the reactions are as follows:

[NO)? [NO,)? [NO,)?
Ki=—2 Ky=-—22 g, _""~4
TTIN0]  TPT INoPlo)] T IMJloa)
What is the relationship between K;, K3, and K3, all at 100°C? The expression for K; has [NO]? in the numerator, the expression
for K> has [NOJ? in the denominator, and [NO]? does not appear in the expression for K3. Multiplying K1 by K> and canceling the

[NOJ? terms,

v o, [NO.P

5= N0 * Tyerrion ~ MO

= A3

Thus the product of the equilibrium constant expressions for K; and K3 is the same as the equilibrium constant expression for Kj:
K3 =K1K, = (2.0 x 1072)(6.4 x 10%) = 1.3 x 1075

The equilibrium constant for a reaction that is the sum of two or more reactions is equal to the product of the equilibrium constants
for the individual reactions. In contrast, recall that according to , AH for the sum of two or more reactions is the sum of
the AH values for the individual reactions.

To determine K for a reaction that is the sum of two or more reactions, add the reactions
but multiply the equilibrium constants.
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The following reactions occur at 1200°C:

1.CO,) + 3Hyy) = CHyq + H;0) K1 =9.17x1072
2. CHyg) + 2H3S(g) = CSy) +4Hy,)  K»=3.3 x 10*

Calculate the equilibrium constant for the following reaction at the same temperature.
3.C0() +2H25) = CSy) + H20(g) + Hyy) K3 =7
Given: two balanced equilibrium equations, values of K, and an equilibrium equation for the overall reaction
Asked for: equilibrium constant for the overall reaction
Strategy:

Arrange the equations so that their sum produces the overall equation. If an equation had to be reversed, invert the value of K
for that equation. Calculate K for the overall equation by multiplying the equilibrium constants for the individual equations.

Solution:

The key to solving this problem is to recognize that reaction 3 is the sum of reactions 1 and 2:
CO) + 3Hxy = CHg +Ha0)
CHg) +2HS) = CSy) + 38 + Hag)

CO(g) + 3Hy(q) = CSyg) + HaO(g) + Hay)

The values for K; and K> are given, so it is straightforward to calculate K3:

K3 = K1Ks = (9.17 x 1072)(3.3 x 10*) = 3.03 x 10°

? Exercise 2.2.6

In the first of two steps in the industrial synthesis of sulfuric acid, elemental sulfur reacts with oxygen to produce sulfur
dioxide. In the second step, sulfur dioxide reacts with additional oxygen to form sulfur trioxide. The reaction for each step is
shown, as is the value of the corresponding equilibrium constant at 25°C. Calculate the equilibrium constant for the overall
reaction at this same temperature.

1. %Ss(s) + Og(g) = 502(9) K1 =44 x 1053

2. SOg(g) + %02(9) = SO?,(Q) Ko =2.6 x 1012

3. §885) + 302 = 803 Ky =?
Answer

Ks=1.1 x 10%

Summary

The ratio of the rate constants for the forward and reverse reactions at equilibrium is the equilibrium constant (K), a unitless
quantity. The composition of the equilibrium mixture is therefore determined by the magnitudes of the forward and reverse rate
constants at equilibrium. Under a given set of conditions, a reaction will always have the same K. For a system at equilibrium, the
law of mass action relates K to the ratio of the equilibrium concentrations of the products to the concentrations of the reactants
raised to their respective powers to match the coefficients in the equilibrium equation. The ratio is called the equilibrium constant
expression. When a reaction is written in the reverse direction, K and the equilibrium constant expression are inverted. For gases,
the equilibrium constant expression can be written as the ratio of the partial pressures of the products to the partial pressures of the
reactants, each raised to a power matching its coefficient in the chemical equation. An equilibrium constant calculated from partial
pressures (K,) is related to K by the ideal gas constant (&), the temperature (T), and the change in the number of moles of gas
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during the reaction. An equilibrium system that contains products and reactants in a single phase is a homogeneous equilibrium; a
system whose reactants, products, or both are in more than one phase is a heterogeneous equilibrium. When a reaction can be
expressed as the sum of two or more reactions, its equilibrium constant is equal to the product of the equilibrium constants for the
individual reactions.

e The law of mass action describes a system at equilibrium in terms of the concentrations of the products and the reactants.
o For a system involving one or more gases, either the molar concentrations of the gases or their partial pressures can be used.
o Definition of equilibrium constant in terms of forward and reverse rate constants:

o Equilibrium constant expression (law of mass action):

_ [cFy
K= Tap(ap

¢ Equilibrium constant expression for reactions involving gases using partial pressures:

_ (Po)(Pp)°
P (Pa)e(Po)

o Relationship between K, and k:
K, = K(RT)*"

2.2: The Equilibrium Constant (K) is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

¢ 15.2: The Equilibrium Constant is licensed CC BY-NC-SA 3.0.
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2.3: Expressing the Equilibrium Constant in Terms of Pressure

4b Learning Objectives

o To understand how different phases affect equilibria.

When the products and reactants of an equilibrium reaction form a single phase, whether gas or liquid, the system is a
homogeneous equilibrium. In such situations, the concentrations of the reactants and products can vary over a wide range. In
contrast, a system whose reactants, products, or both are in more than one phase is a heterogeneous equilibrium, such as the
reaction of a gas with a solid or liquid.

As noted in the previous section, the equilibrium constant expression is actually a ratio of activities. To simplify the calculations in
general chemistry courses, the activity of each substance in the reaction is often approximated using a ratio of the molarity of a
substance compared to the standard state of that substance. For substances that are liquids or solids, the standard state is just the
concentration of the substance within the liquid or solid. Because the molar concentrations of pure liquids and solids normally do
not vary greatly with temperature, the ratio of the molarity to the standard state for substances that are liquids or solids always has a
value of 1. For example, for a compound such as CaF(s), the term going into the equilibrium expression is [CaF,]/[CaF3] which
cancels to unity. Thus, when the activities of the solids and liquids (including solvents) are incorporated into the equilibrium
expression, they do not change the value.

Consider the following reaction, which is used in the final firing of some types of pottery to produce brilliant metallic glazes:
CO2(g) + C(s) =2CO(g) (2.3.1)

The glaze is created when metal oxides are reduced to metals by the product, carbon monoxide. The equilibrium constant
expression for this reaction is as follows:

2 2 2
_ %o _ [COF _ [CO] (2.3.2)
aco,ac  [COg[[1]  [CO
The equilibrium constant for this reaction can also be written in terms of the partial pressures of the gases:
(Peo)®
K — 2.3.3
P PC’O; ( )

Incorporating all the constant values into K’ or K, allows us to focus on the substances whose concentrations change during the
reaction.

Although the activities of pure liquids or solids are not written explicitly in the equilibrium constant expression, these substances
must be present in the reaction mixture for chemical equilibrium to occur. Whatever the concentrations of CO and CO,, the system
described in Equation 2.3.1 will reach chemical equilibrium only if a stoichiometric amount of solid carbon or excess solid carbon
has been added so that some is still present once the system has reached equilibrium. As shown in Figure 2.3.1, it does not matter
whether 1 g or 100 g of solid carbon is present; in either case, the composition of the gaseous components of the system will be the

same at equilibrium.
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Equilibrium composition
of gas-phase

& a

/ . \
pPEE q

0 CO,

COy(g) + 1 gCls) CO,(g) + 100 g C(s)

COy(g) + Cls) = 2CO(g)

Figure 2.3.2: Effect of the Amount of Solid Present on Equilibrium in a Heterogeneous Solid—Gas System. In the system, the
equilibrium composition of the gas phase at a given temperature, 1000 K in this case, is the same whether a small amount of solid
carbon (left) or a large amount (right) is present.

v/ Example 2.3.1

Write each expression for K, incorporating all constants, and K, for the following equilibrium reactions.

a. PClg (l) + Cl, (g) S— PCI5 (S)
b. Fe304(s) + 4Hy(g) = 3Fe(s) + 4H;0(g)

Given: balanced equilibrium equations.
Asked for: expressions for X and K.
Strategy:

Find K by writing each equilibrium constant expression as the ratio of the concentrations of the products and reactants, each
raised to its coefficient in the chemical equation. Then express K, as the ratio of the partial pressures of the products and
reactants, each also raised to its coefficient in the chemical equation.

Solution
This reaction contains a pure solid (PCls) and a pure liquid (PCl;3). Their activities are equal to 1, so when incorporated into
the equilibrium constant expression, they do not change the value. So

1
K= Dicn]
and
1
Kp= (1)Pa,

This reaction contains two pure solids (FesO, and Fe), which are each assigned a value of 1 in the equilibrium constant
expressions:

(1)[H>0]*

K= "))

and
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_ (O(Pao)*
| o= "))

? Exercise 2.3.1
Write the expressions for K and K, for the following reactions.

a. CaCOj3 (s) = Ca0(s) + COz (g)
b. CgH1206(s) +6 02 (g) = 6 CO2 (g) + 6 H20 (g)

glucose
Answer a
K = [002] and K, = Pgo,

Answer b
[CO,)¢|H0]®
[0,]®

_ (Pco,)*(Pr,0)°

K= and Kp = (Po )6

For reactions carried out in solution, the solvent is assumed to be pure, and therefore is assigned an activity equal to 1 in the
equilibrium constant expression. The activities of the solutes are approximated by their molarities. The result is that the equilibrium
constant expressions appear to only depend upon the concentrations of the solutes.

The activities of pure solids, pure liquids, and solvents are defined as having a value of
'1". Often, it is said that these activities are "left out" of equilibrium constant expressions.
This is an unfortunate use of words. The activities are not "left out" of equilibrium
constant expressions. Rather, because they have a value of '1', they do not change the
value of the equilibrium constant when they are multiplied together with the other terms.

The activities of the solutes are approximated by their molarities.

Summary

An equilibrated system that contains products and reactants in a single phase is a homogeneous equilibrium; a system whose
reactants, products, or both are in more than one phase is a heterogeneous equilibrium.

Contributors and Attributions

e Anonymous
e Modified by Tom Neils (Grand Rapids Community College)
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2.4: Interpreting and Working with Equilibrium Constants

4b Learning Objectives

e How to figure out in which direction a reaction will go (i.e. towards making product, or more reactant)

e Calculating equilibrium concentrations. This may involve knowing equilibrium values for some of the reactants and
products and determining the concentration of an unknown.

o Alternatively, we may be provided with the starting concentrations of reactants and products and may be asked to find the
equilibrium concentrations

Your ability to interpret the numerical value of a quantity in terms of what it means in a practical sense is an essential part of
developing a working understanding of Chemistry. This is particularly the case for equilibrium constants, whose values span the
entire range of the positive numbers. Although there is no explicit rule, for most practical purposes you can say that equilibrium
constants within the range of roughly 0.01 to 100 indicate that a chemically significant amount of all components of the reaction
system will be present in an equilibrium mixture and that the reaction will be incomplete or “reversible”.

As an equilibrium constant approaches the limits of zero or infinity, the reaction can be increasingly characterized as a one-way
process; we say it is “complete” or “irreversible”. The latter term must of course not be taken literally; the Le Chatelier principle
still applies (especially insofar as temperature is concerned), but addition or removal of reactants or products will have less effect.

X Kinetically Hindered Reactions

Although it is by no means a general rule, it frequently happens that reactions having very large equilibrium constants are
kinetically hindered, often to the extent that the reaction essentially does not take place.

The examples in the following table are intended to show that numbers (values of K), no matter how dull they may look, do have
practical consequences!

Table 2.4.1: Examples of Reversible Reactions

Reaction K remarks

These two very different values of K

illustrate very nicely why reducin
5 x 107! at 25°C, Y y Wy &

Nag) + Og) = 2NOg combustion-chamber temperatures in

0.0013 at 2100°C . N .
automobile engines is environmentally
friendly.
7 x 10° at 25°C, See the discussion of this reaction in the
3Hy(g) + Nag) = 2N Hy(g) 0 ~
56 at 1300°C section on the Haber process.
Dissociation of any stable molecule into its
[ 10736 at 25°C, atoms is endothermic. This means that all
A= A 6 x 1075 at 5000° molecules will decompose at sufficiently
high temperatures.
41 You won’t find water a very good source of
H30) = Hyg) + %02, 8 x 107 at 25°C .
oxygen gas at ordinary temperatures!
This tells us that acetic acid has a great
tendency to decompose to carbon, but
nobody has ever found graphite (or
CH3COOH < 2H00 +2C,,) K, = 10% at 25°C i graphite (

diamonds!) forming in a bottle of vinegar.
A good example of a super kinetically-

hindered reaction!
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Do Equilibrium Constants have Units?

The equilibrium expression for the synthesis of ammonia

3H,(g) + N2 (g) — 2NH3(g) (2.4.1)
can be expressed as
P2
Ky=—2 (2.4.2)
Py, P},
or
[NH;)?
K=t - 2.4.3
AIEAR (243)

so K, for this process would appear to have units of atm™, and K, would be expressed in mol™ L2. And yet these quantities are
often represented as being dimensionless. Which is correct? The answer is that both forms are acceptable. There are some situations
(which you will encounter later) in which K’s must be considered dimensionless, but in simply quoting the value of an equilibrium
constant it is permissible to include the units, and this may even be useful in order to remove any doubt about the units of the
individual terms in equilibrium expressions containing both pressure and concentration terms. In carrying out your own
calculations, however, there is rarely any real need to show the units.

Strictly speaking, equilibrium expressions do not have units because the concentration or pressure terms that go into them are really
ratios having the forms (n mol L™')/(1 mol L) or (n atm)/(1 atm) in which the unit quantity in the denominator refers to the
standard state of the substance; thus the units always cancel out.

I Strictly speaking, equilibrium expressions do not have units.

For substances that are liquids or solids, the standard state is just the concentration of the substance within the liquid or solid, so for
something like CaF (s), the term going into the equilibrium expression is [CaF5]/[CaF5] which cancels to unity; this is the reason we
do not need to include terms for solid or liquid phases in equilibrium expressions. The subject of standard states would take us
beyond where we need to be at this point in the course, so we will simply say that the concept is made necessary by the fact that
energy, which ultimately governs chemical change, is always relative to some arbitrarily defined zero value which, for chemical
substances, is the standard state.

Summary

The magnitude of the equilibrium constant, K, indicates the extent to which a reaction will proceed:

o If K is a large number, it means that the equilibrium concentration of the products is large. In this case, the reaction as written
will proceed to the right (resulting in an increase in the concentration of products)

o If K is a small number, it means that the equilibrium concentration of the reactants is large. In this case, the reaction as written
will proceed to the left (resulting in an increase in the concentration of reactants)

Knowing the value of the equilibrium constant, K, will allow us to determine: (1) he direction a reaction will proceed to achieve
equilibrium and (2) the ratios of the concentrations of reactants and products when equilibrium is reached

Contributors and Attributions
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2.5: Heterogenous Equilibria - Reactions Involving Solids and Liquids

4b Learning Objectives

o To understand how different phases affect equilibria.

When the products and reactants of an equilibrium reaction form a single phase, whether gas or liquid, the system is a
homogeneous equilibrium. In such situations, the concentrations of the reactants and products can vary over a wide range. In
contrast, a system whose reactants, products, or both are in more than one phase is a heterogeneous equilibrium, such as the
reaction of a gas with a solid or liquid.

As noted in the previous section, the equilibrium constant expression is actually a ratio of activities. To simplify the calculations in
general chemistry courses, the activity of each substance in the reaction is often approximated using a ratio of the molarity of a
substance compared to the standard state of that substance. For substances that are liquids or solids, the standard state is just the
concentration of the substance within the liquid or solid. Because the molar concentrations of pure liquids and solids normally do
not vary greatly with temperature, the ratio of the molarity to the standard state for substances that are liquids or solids always has a
value of 1. For example, for a compound such as CaF(s), the term going into the equilibrium expression is [CaF,]/[CaF3] which
cancels to unity. Thus, when the activities of the solids and liquids (including solvents) are incorporated into the equilibrium
expression, they do not change the value.

Consider the following reaction, which is used in the final firing of some types of pottery to produce brilliant metallic glazes:
CO2(g) + C(s) =2CO(g) (2.5.1)

The glaze is created when metal oxides are reduced to metals by the product, carbon monoxide. The equilibrium constant
expression for this reaction is as follows:

2 2 2
_ %o _ [COF _ [CO] (2.5.2)
aco,ac  [COg[[1]  [CO
The equilibrium constant for this reaction can also be written in terms of the partial pressures of the gases:
(Peo)®
K — 2.5.3
P PC’O; ( )

Incorporating all the constant values into K’ or K, allows us to focus on the substances whose concentrations change during the
reaction.

Although the activities of pure liquids or solids are not written explicitly in the equilibrium constant expression, these substances
must be present in the reaction mixture for chemical equilibrium to occur. Whatever the concentrations of CO and CO,, the system
described in Equation 2.5.1 will reach chemical equilibrium only if a stoichiometric amount of solid carbon or excess solid carbon
has been added so that some is still present once the system has reached equilibrium. As shown in Figure 2.5.1, it does not matter
whether 1 g or 100 g of solid carbon is present; in either case, the composition of the gaseous components of the system will be the
same at equilibrium.
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Equilibrium composition
of gas-phase

& a

/ . \
pPEE q

0 CO,

COy(g) + 1 gCls) CO,(g) + 100 g C(s)

COy(g) + Cls) = 2CO(g)

Figure 2.5.2: Effect of the Amount of Solid Present on Equilibrium in a Heterogeneous Solid—Gas System. In the system, the
equilibrium composition of the gas phase at a given temperature, 1000 K in this case, is the same whether a small amount of solid
carbon (left) or a large amount (right) is present.

v/ Example 2.5.1

Write each expression for K, incorporating all constants, and K, for the following equilibrium reactions.

a. PClg (l) + Cl, (g) S— PCI5 (S)
b. Fe304(s) + 4Hy(g) = 3Fe(s) + 4H;0(g)

Given: balanced equilibrium equations.
Asked for: expressions for X and K.
Strategy:

Find K by writing each equilibrium constant expression as the ratio of the concentrations of the products and reactants, each
raised to its coefficient in the chemical equation. Then express K, as the ratio of the partial pressures of the products and
reactants, each also raised to its coefficient in the chemical equation.

Solution
This reaction contains a pure solid (PCls) and a pure liquid (PCl;3). Their activities are equal to 1, so when incorporated into
the equilibrium constant expression, they do not change the value. So

1
K= Dicn]
and
1
Kp= (1)Pa,

This reaction contains two pure solids (FesO, and Fe), which are each assigned a value of 1 in the equilibrium constant
expressions:

(1)[H>0]*

K= "))

and
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_ (O(Pao)*
| o= "))

? Exercise 2.5.1
Write the expressions for K and K, for the following reactions.

a. CaCOj3 (s) = Ca0(s) + COz (g)
b. CgH1206(s) +6 02 (g) = 6 CO2 (g) + 6 H20 (g)

glucose
Answer a
K = [002] and K, = Pgo,

Answer b
[CO,)¢|H0]®
[0,]®

_ (Pco,)*(Pr,0)°

K= and Kp = (Po )6

For reactions carried out in solution, the solvent is assumed to be pure, and therefore is assigned an activity equal to 1 in the
equilibrium constant expression. The activities of the solutes are approximated by their molarities. The result is that the equilibrium
constant expressions appear to only depend upon the concentrations of the solutes.

The activities of pure solids, pure liquids, and solvents are defined as having a value of
'1". Often, it is said that these activities are "left out" of equilibrium constant expressions.
This is an unfortunate use of words. The activities are not "left out" of equilibrium
constant expressions. Rather, because they have a value of '1', they do not change the
value of the equilibrium constant when they are multiplied together with the other terms.

The activities of the solutes are approximated by their molarities.

Summary

An equilibrated system that contains products and reactants in a single phase is a homogeneous equilibrium; a system whose
reactants, products, or both are in more than one phase is a heterogeneous equilibrium.

Contributors and Attributions

e Anonymous
e Modified by Tom Neils (Grand Rapids Community College)

2.5: Heterogenous Equilibria - Reactions Involving Solids and Liquids is shared under a not declared license and was authored, remixed, and/or
curated by LibreTexts.

¢ 15.4: Heterogeneous Equilibria is licensed CC BY-NC-SA 3.0.
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2.6: The Reaction Quotient- Predicting the Direction of Change

4b Learning Objectives

e To predict in which direction a reaction will proceed.

We previously saw that knowing the magnitude of the equilibrium constant under a given set of conditions allows chemists to
predict the extent of a reaction. Often, however, chemists must decide whether a system has reached equilibrium or if the
composition of the mixture will continue to change with time. In this section, we describe how to quantitatively analyze the
composition of a reaction mixture to make this determination.

The Reaction Quotient

To determine whether a system has reached equilibrium, chemists use a Quantity called the reaction Quotient (Q). The expression
for the reaction Quotient has precisely the same form as the equilibrium constant expression, except that @ may be derived from a
set of values measured at any time during the reaction of any mixture of the reactants and the products, regardless of whether the
system is at equilibrium. Therefore, for the following general reaction:

aA+bB=cC+dD
the reaction quotient is defined as follows:
[CI°[D]*
Q=1L (2.6.1)
[A]°[B]°

To understand how information is obtained using a reaction Quotient, consider the dissociation of dinitrogen tetroxide to nitrogen
dioxide,

N204(g) = 2NO: (g)
for which K = 4.65 x 102 at 298 K. We can write Q for this reaction as follows:

_ [NOyJ?
"~ [N204]

Q (2.6.2)

The following table lists data from three experiments in which samples of the reaction mixture were obtained and analyzed at
equivalent time intervals, and the corresponding values of @ were calculated for each. Each experiment begins with different
proportions of product and reactant:

Table 2.6.1: Equilibrium Experiment data

NO,J?
Experiment [NOy] (M) [N2O4] (M) Q= [NO]
[N204]
2
1 0 0.0400 LA
0.0400
2
) 0.0600 0 % = ol
2
3 0.0200 0.0600 % — 6.67x 107

As these calculations demonstrate, @ can have any numerical value between 0 and infinity (undefined); that is, @ can be greater
than, less than, or equal to K.

Comparing the magnitudes of Q and K enables us to determine whether a reaction mixture is already at equilibrium and, if it is not,
predict how its composition will change with time to reach equilibrium (i.e., whether the reaction will proceed to the right or to the
left as written). All you need to remember is that the composition of a system not at equilibrium will change in a way that makes @

approach K:
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o If Q = K, for example, then the system is already at equilibrium, and ne further change in the composition of the system will
occur unless the conditions are changed.

o If @ < K, then the ratio of the concentrations of products to the concentrations of reactants is less than the ratio at equilibrium.
Therefore, the reaction will proceed to the right as written, forming products at the expense of reactants.

o If @ > K, then the ratio of the concentrations of products to the concentrations of reactants is greater than at equilibrium, so the
reaction will proceed to the left as written, forming reactants at the expense of products.

These points are illustrated graphically in Figure 2.6.1.

Reaction proceeds @]
3 1o the right =
Q e
e f 4 f — @
0 °
&
Reaction proceeds =
to the left o
K 3]
| i | f e =
0 o

Time, t

(a) QversusK, totot (b)Qversus K, t, tot,

Figure 2.6.1: Two Different Ways of Illustrating How the Composition of a System Will Change Depending on the Relative Values
of @ and K.(a) Both @ and K are plotted as points along a number line: the system will always react in the way that causes @ to
approach K. (b) The change in the composition of a system with time is illustrated for systems with initial values of @ > K, Q < K,
and @ =K.

One way is used two number lines. The second way is to use a graph of reaction quotient against time.

If @ < K, the reaction will proceed to the right as written. If @ > K, the reaction will
proceed to the left as written. If Q = K, then the system is at equilibrium.

A Video Discussing Using the Reaction Quotient (Q): [youtu.be]

v/ Example 2.6.1

At elevated temperatures, methane (CHy) reacts with water to produce hydrogen and carbon monoxide in what is known as a
steam-reforming reaction:

CH, (g) + HoO(g) = CO(g) + 3H2 (g)

K =24 x 107 at 900 K. Huge amounts of hydrogen are produced from natural gas in this way and are then used for the
industrial synthesis of ammonia. If 1.2 x 10=2 mol of CHy, 8.0 x 1073 mol of H,0, 1.6 x 10~2 mol of CO, and 6.0 x 10~3 mol of
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H, are placed in a 2.0 L steel reactor and heated to 900 K, will the reaction be at equilibrium or will it proceed to the right to
produce CO and Hj or to the left to form CH, and H,O?

Given: balanced chemical equation, K, amounts of reactants and products, and volume
Asked for: direction of reaction
Strategy:

A. Calculate the molar concentrations of the reactants and the products.
B. Use Equation 2.6.1 to determine . Compare @ and K to determine in which direction the reaction will proceed.

Solution:

A We must first find the initial concentrations of the substances present. For example, we have 1.2 x 10~2mol of CH, in a 2.0 L
container, so

1.2 x 10~2 mol

_ -3
20L =6.0x10"°M

[CHy] =

We can calculate the other concentrations in a similar way:

e [HyO] =4.0 x 107°M,

e [CO]=8.0 x107%M, and

o [Hy]=3.0x10"%M.

B We now compute @ and compare it with K:

_ [cojm,®
[CH,4][H20]

_ (8.0x107%)(3.0 x 107%)®
(6.0 x 1073)(4.0 x 1073)

=9.0x 107°

Q

Because K = 2.4 x 107, we see that Q < K. Thus the ratio of the concentrations of products to the concentrations of reactants
is less than the ratio for an equilibrium mixture. The reaction will therefore proceed to the right as written, forming H, and CO
at the expense of H,O and CHy.

? Exercise 2.6.2

In the water—gas shift reaction introduced in Example 2.6.1, carbon monoxide produced by steam-reforming reaction of
methane reacts with steam at elevated temperatures to produce more hydrogen:

CO(g) + H20 (g) = CO2(g) + Ha(g)

K =0.64 at 900 K. If 0.010 mol of both CO and H,0, 0.0080 mol of CO,, and 0.012 mol of H, are injected into a 4.0 L reactor
and heated to 900 K, will the reaction proceed to the left or to the right as written?

Answer

Q = 0.96. Since (Q > K), so the reaction will proceed to the left, and CO and H,0 will form.

Predicting the Direction of a Reaction with a Graph

By graphing a few equilibrium concentrations for a system at a given temperature and pressure, we can readily see the range of
reactant and product concentrations that correspond to equilibrium conditions, for which @ = K. Such a graph allows us to predict
what will happen to a reaction when conditions change so that Q no longer equals K, such as when a reactant concentration or a

product concentration is increased or decreased.
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Reaction 1

Lead carbonate decomposes to lead oxide and carbon dioxide according to the following equation:
PbCOs3(s) = PbO(s) + CO4 (g) (2.6.3)

Because PbCOj3 and PbO are solids, the equilibrium constant is simply
K =[COq).

At a given temperature, therefore, any system that contains solid PbCO3 and solid PbO will have exactly the same concentration of
CO;, at equilibrium, regardless of the ratio or the amounts of the solids present. This situation is represented in Figure 2.6.3, which
shows a plot of [CO2] versus the amount of PbCOs added. Initially, the added PbCOs decomposes completely to CO because the
amount of PbCO3 is not sufficient to give a CO2 concentration equal to K. Thus the left portion of the graph represents a system
that is not at equilibrium because it contains only CO, (g) and PbO (s). In contrast, when just enough PbCOj3 has been added to give

[CO,] = K, the system has reached equilibrium, and adding more PbCO3 has no effect on the CO, concentration: the graph is a
horizontal line.

Thus any CO; concentration that is not on the horizontal line represents a nonequilibrium state, and the system will adjust its
composition to achieve equilibrium, provided enough PbCO; and PbO are present. For example, the point labeled A in Figure 2.6.2
lies above the horizontal line, so it corresponds to a [CO»] that is greater than the equilibrium concentration of CO;, (i.e., @ > K). To
reach equilibrium, the system must decrease [CO,], which it can do only by reacting CO5 with solid PbO to form solid PbCOj. Thus
the reaction in Equation 2.6.3 will proceed to the left as written, until [CO,] = K. Conversely, the point labeled B in Figure 2.6.2 lies
below the horizontal line, so it corresponds to a [CO,] that is less than the equilibrium concentration of CO; (i.e., @ < K). To reach
equilibrium, the system must increase [CO.], which it can do only by decomposing solid PbCOj3 to form CO, and solid PbO. The
reaction in Equation 2.6.3 will therefore proceed to the right as written, until [COg] = K.

| Equilibrium |
2.5
A

2.0 — :
i
L !
v 15 T
s .
= 1.0 B
c.
=

05

0 | | i I
10 20 30 40 50 60
PbCO;(s) (ma)

Figure 2.6.2: The Concentration of Gaseous CO; in a Closed System at Equilibrium as a Function of the Amount of Solid PbCO3
Added. Initially the concentration of CO2(g) increases linearly with the amount of solid PbCO3 added, as PbCO3 decomposes to
CO; (g) and solid PbO. Once the CO, concentration reaches the value that corresponds to the equilibrium concentration, however,
adding more solid PbCOj3 has no effect on [COy), as long as the temperature remains constant.

Reaction 2
In contrast, the reduction of cadmium oxide by hydrogen gives metallic cadmium and water vapor:
CdO(s) + Hz (g) = Cd(s) + H20(g) (2.6.4)

and the equilibrium constant is

_ [H:0]
[Hy] ~

If [H,0] is doubled at equilibrium, then [H,] must also be doubled for the system to remain at equilibrium. A plot of [H,0] versus
[H,] at equilibrium is a straight line with a slope of K (Figure 2.6.3). Again, only those pairs of concentrations of H,O and H, that
lie on the line correspond to equilibrium states. Any point representing a pair of concentrations that does not lie on the line
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corresponds to a nonequilibrium state. In such cases, the reaction in Equation 2.6.4 will proceed in whichever direction causes the
composition of the system to move toward the equilibrium line. For example, point A in Figure 2.6.3 lies below the line, indicating
that the [HO]/[Hy] ratio is less than the ratio of an equilibrium mixture (i.e., @ < K). Thus the reaction in Equation 2.6.4 will
proceed to the right as written, consuming H; and producing H,O, which causes the concentration ratio to move up and to the left
toward the equilibrium line. Conversely, point B in Figure 2.6.3 lies above the line, indicating that the [HyO]/[H,] ratio is greater
than the ratio of an equilibrium mixture (@ > K). Thus the reaction in Equation 2.6.4 will proceed to the left as written, consuming
H,O0 and producing H,, which causes the concentration ratio to move down and to the right toward the equilibrium line.

0.6
g5
04

03—

[H,01 (M)

0.2

0.1 —

01 02 03 04 05 06 07
[Ha] (M)

Figure 2.6.3: The Concentration of Water Vapor versus the Concentration of Hydrogen for the CdOy,) + Hyyy = Cdy,) + H20(y
System at Equilibrium. For any equilibrium concentration of HO,, there is only one equilibrium concentration of Hy,). Because
the magnitudes of the two concentrations are directly proportional, a large [H,0] at equilibrium requires a large [Hj] and vice versa.
In this case, the slope of the line is equal to K.

Reaction 3

In another example, solid ammonium iodide dissociates to gaseous ammonia and hydrogen iodide at elevated temperatures:
NH,I(s) = NH;3 (g) + HI(g) (2.6.5)
For this system, K is equal to the product of the concentrations of the two products:
K = [NH;][HI.

If we double the concentration of NHj, the concentration of HI must decrease by approximately a factor of 2 to maintain
equilibrium, as shown in Figure 2.6.4. As a result, for a given concentration of either HI or NHj, only a single equilibrium
composition that contains equal concentrations of both NHs and HI is possible, for which

[NH] = [FT) = VE.

Any point that lies below and to the left of the equilibrium curve (such as point A in Figure 2.6.4) corresponds to @ < K, and the
reaction in Equation 2.6.5 will therefore proceed to the right as written, causing the composition of the system to move toward the
equilibrium line. Conversely, any point that lies above and to the right of the equilibrium curve (such as point B in Figure 2.6.5)
corresponds to @ > K, and the reaction in Equation 2.6.5 will therefore proceed to the left as written, again causing the composition
of the system to move toward the equilibrium line. By graphing equilibrium concentrations for a given system at a given
temperature and pressure, we can predict the direction of reaction of that mixture when the system is not at equilibrium.
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Figure 2.6.4: The Concentration of NHg versus the Concentration of HI(; for system in Reaction 2.6.5 at Equilibrium. Only one

equilibrium concentration of NHj3 (g) is possible for any given equilibrium concentration of HI (g). In this case, the two are inversely
proportional. Thus a large [HI] at equilibrium requires a small [NHj] at equilibrium and vice versa.

Summary

The reaction Quotient (Q) is used to determine whether a system is at equilibrium and if it is not, to predict the direction of
reaction. The reaction Quotient (Q or @,) has the same form as the equilibrium constant expression, but it is derived from
concentrations obtained at any time. When a reaction system is at equilibrium, @ = K. Graphs derived by plotting a few
equilibrium concentrations for a system at a given temperature and pressure can be used to predict the direction in which a reaction
will proceed. Points that do not lie on the line or curve represent nonequilibrium states, and the system will adjust, if it can, to
achieve equilibrium.

2.6: The Reaction Quotient- Predicting the Direction of Change is shared under a not declared license and was authored, remixed, and/or curated
by LibreTexts.

o 15.6: Applications of Equilibrium Constants is licensed CC BY-NC-SA 3.0.
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2.7: Le Chatelier’s Principle- How a System at Equilibrium Responds to
Disturbances

4} Learning Objectives

e Describe the ways in which an equilibrium system can be stressed
o Predict the response of a stressed equilibrium using Le Chatelier’s principle

As we saw in the previous section, reactions proceed in both directions (reactants go to products and products go to reactants). We
can tell a reaction is at equilibrium if the reaction quotient (Q) is equal to the equilibrium constant (k). We next address what
happens when a system at equilibrium is disturbed so that @ is no longer equal to k. If a system at equilibrium is subjected to a
perturbance or stress (such as a change in concentration) the position of equilibrium changes. Since this stress affects the
concentrations of the reactants and the products, the value of @ will no longer equal the value of K. To re-establish equilibrium, the
system will either shift toward the products (if (@ < K) or the reactants (if (Q > K) until Q returns to the same value as K. This
process is described by Le Chatelier's principle.

Chatelier's principle

When a chemical system at equilibrium is disturbed, it returns to equilibrium by counteracting the disturbance. As described in
the previous paragraph, the disturbance causes a change in Q; the reaction will shift to re-establish Q = K.

Predicting the Direction of a Reversible Reaction

Le Chatelier's principle can be used to predict changes in equilibrium concentrations when a system that is at equilibrium is
subjected to a stress. However, if we have a mixture of reactants and products that have not yet reached equilibrium, the changes
necessary to reach equilibrium may not be so obvious. In such a case, we can compare the values of @ and K for the system to
predict the changes.

A chemical system at equilibrium can be temporarily shifted out of equilibrium by adding
or removing one or more of the reactants or products. The concentrations of both
reactants and products then undergo additional changes to return the system to
equilibrium.
The stress on the system in Figure 2.7.1 is the reduction of the equilibrium concentration of SCN™ (lowering the concentration of
one of the reactants would cause @ to be larger than K). As a consequence, Le Chatelier's principle leads us to predict that the

concentration of Fe(SCN)?" should decrease, increasing the concentration of SCN™ part way back to its original concentration, and
increasing the concentration of Fe3* above its initial equilibrium concentration.

Figure 2.7.1: (a) The test tube contains 0.1 M Fe*. (b) Thiocyanate ion has been added to solution in (a), forming the red
Fe(SCN)?* ion. Fe**(ag) + SCN~(ag) = Fe(SCN)2*(ag). (c) Silver nitrate has been added to the solution in (b), precipitating some
of the SCN- as the white solid AgSCN. Ag*(aq) +SCN~(ag) = AgSCN(s). The decrease in the SCN— concentration shifts the first
equilibrium in the solution to the left, decreasing the concentration (and lightening color) of the Fe(SCN)2*. (credit: modification of
work by Mark Ott).
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The effect of a change in concentration on a system at equilibrium is illustrated further by the equilibrium of this chemical reaction:

H: (g) +12(g) = 2HI(g) (2.7.1)
K. = 50.0 at 400°C (2.7.2)

The numeric values for this example have been determined experimentally. A mixture of gases at 400 °C with [H] = [Io] = 0.221 M
and [HI] = 1.563 M is at equilibrium; for this mixture, Q. = K, = 50.0. If H, is introduced into the system so quickly that its
concentration doubles before it begins to react (new [Hy] = 0.442 M), the reaction will shift so that a new equilibrium is reached, at
which

o [Hy]=0.374 M,
e [I;] =0.153 M, and
o [HI| =1.692 M.

This gives:

_ [HI?
e = L]
_ (1.692)
" (0.374)(0.153)

=50.0=K,

We have stressed this system by introducing additional Hs,. The stress is relieved when the reaction shifts to the right, using up
some (but not all) of the excess Hs, reducing the amount of uncombined I, and forming additional HI. Le Chatelier’s
Principle (Changing Concentrations):

[youtu.be]

A Video Discussing Le Chatelier’s Principle (Changing Concentrations):
[youtu.be]

Effect of Change in Pressure on Equilibrium

Sometimes we can change the position of equilibrium by changing the pressure of a system. However, changes in pressure have a
measurable effect only in systems in which gases are involved, and then only when the chemical reaction produces a change in the
total number of gas molecules in the system. An easy way to recognize such a system is to look for different numbers of moles of
gas on the reactant and product sides of the equilibrium. While evaluating pressure (as well as related factors like volume), it is
important to remember that equilibrium constants are defined with regard to concentration (for K.) or partial pressure (for Kp).
Some changes to total pressure, like adding an inert gas that is not part of the equilibrium, will change the total pressure but not the
partial pressures of the gases in the equilibrium constant expression. Thus, addition of a gas not involved in the equilibrium will not

perturb the equilibrium.
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As we increase the pressure of a gaseous system at equilibrium, either by decreasing the volume of the system or by adding more of
one of the components of the equilibrium mixture, we introduce a stress by increasing the partial pressures of one or more of the
components. In accordance with Le Chatelier's principle, a shift in the equilibrium that reduces the total number of molecules per
unit of volume will be favored because this relieves the stress. The reverse reaction would be favored by a decrease in pressure.

Consider what happens when we increase the pressure on a system in which NO, O,, and NO, are at equilibrium:
2NO(g) +02(g) = 2NO;(g) (2.7.3)

The formation of additional amounts of NO, decreases the total number of molecules in the system because each time two
molecules of NO; form, a total of three molecules of NO and O, are consumed. This reduces the total pressure exerted by the
system and reduces, but does not completely relieve, the stress of the increased pressure. On the other hand, a decrease in the
pressure on the system favors decomposition of NO; into NO and O3, which tends to restore the pressure.

Now consider this reaction:
N3 (g) + O2(g) = 2NO(g) (2.7.4)

Because there is no change in the total number of molecules in the system during reaction, a change in pressure does not favor
either formation or decomposition of gaseous nitrogen monoxide.

Le Chatelier’s Principle (Changes in Pressure or Volume):

[youtu.be]

Effect of Change in Temperature on Equilibrium

Changing concentration or pressure perturbs an equilibrium because the reaction quotient is shifted away from the equilibrium
value. Changing the temperature of a system at equilibrium has a different effect: A change in temperature actually changes the
value of the equilibrium constant. However, we can qualitatively predict the effect of the temperature change by treating it as a
stress on the system and applying Le Chatelier's principle.

When hydrogen reacts with gaseous iodine, heat is evolved.
Hy(g) + I (g) = 2HI(g) AH = —9.4kJ (exothermic) (2.7.5)
Because this reaction is exothermic, we can write it with heat as a product.
Hp (g) +12(g) = 2HI(g) + heat (2.7.6)

Increasing the temperature of the reaction increases the internal energy of the system. Thus, increasing the temperature has the
effect of increasing the amount of one of the products of this reaction. The reaction shifts to the left to relieve the stress, and there is
an increase in the concentration of Hy and I, and a reduction in the concentration of HI. Lowering the temperature of this system
reduces the amount of energy present, favors the production of heat, and favors the formation of hydrogen iodide.
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When we change the temperature of a system at equilibrium, the equilibrium constant for the reaction changes. Lowering the
temperature in the HI system increases the equilibrium constant: At the new equilibrium the concentration of HI has increased and
the concentrations of Hj and I, decreased. Raising the temperature decreases the value of the equilibrium constant, from 67.5 at
357 °C to 50.0 at 400 °C.

Temperature affects the equilibrium between NO, and N,Oy, in this reaction
N3O4(g) = 2NOz(g) AH =57.20kJ (2.7.7)
The positive AH value tells us that the reaction is endothermic and could be written
heat + N2O4(g) = 2NO2(g) (2.7.8)

At higher temperatures, the gas mixture has a deep brown color, indicative of a significant amount of brown NO, molecules. If,
however, we put a stress on the system by cooling the mixture (withdrawing energy), the equilibrium shifts to the left to supply
some of the energy lost by cooling. The concentration of colorless NoO4 increases, and the concentration of brown NO, decreases,
causing the brown color to fade.

The overview of how different disturbances affect the reaction equilibrium properties is tabulated in Table 2.7.1.

Table 2.7.1: Effects of Disturbances of Equilibrium and K

. Observed Change as . . .
Disturbance . . g Direction of Shift Effect on K
Equilibrium is Restored
added reactant is partially
reactant added toward products none
consumed
added product is partially
product added toward reactants none
consumed
decrease in volume/increase in toward side with fewer moles
pressure decreases none
gas pressure of gas
increase in volume/decrease in . toward side with more moles of
pressure increases none
gas pressure gas
toward products for
temperature increase heat is absorbed endothermic, toward reactants changes
for exothermic
toward reactants for
temperature decrease heat is given off endothermic, toward products changes

for exothermic

v/ Example 2.7.1

Write an equilibrium constant expression for each reaction and use this expression to predict what will happen to the
concentration of the substance in bold when the indicated change is made if the system is to maintain equilibrium.

a. 2HgO(5) = 2Hg() + Os(,: the amount of HgO is doubled.
b. NH,HS(;) = NHy) + H2S(y: the concentration of H,S is tripled.
C. n-butane, = isobutaney: the concentration of isobutane is halved.

Given: equilibrium systems and changes
Asked for: equilibrium constant expressions and effects of changes
Strategy:

Write the equilibrium constant expression, remembering that pure liquids and solids do not appear in the expression. From this
expression, predict the change that must occur to maintain equilibrium when the indicated changes are made.
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Solution:

Because HgO(,) and Hgg, are pure substances, they do not appear in the equilibrium constant expression. Thus, for this
reaction, K = [O,]. The equilibrium concentration of O, is a constant and does not depend on the amount of HgO present.
Hence adding more HgO will not affect the equilibrium concentration of Oy, so no compensatory change is necessary.

NHHS does not appear in the equilibrium constant expression because it is a solid. Thus K = [N Hj3][H»S], which means that
the concentrations of the products are inversely proportional. If adding H,S triples the H,S concentration, for example, then
the NH; concentration must decrease by about a factor of 3 for the system to remain at equilibrium so that the product of the
concentrations equals K.

__ [isobutane]
T [n-butane] ’

decrease by about half if the system is to maintain equilibrium.

? Exercise 2.7.1

Write an equilibrium constant expression for each reaction. What must happen to the concentration of the substance in bold

For this reaction, K so halving the concentration of isobutane means that the n-butane concentration must also

when the indicated change occurs if the system is to maintain equilibrium?

a. HBr(g) + NaH(s) = NaBr(s) + H2(g): the concentration of HBr is decreased by a factor of 3.
b. 6 Li(s) + Na(g)+= 2LigN(s): the amount of Li is tripled.
c. SO2(g) + Cla(g) = SO2Cl; (1): the concentration of Cl; is doubled.

Answer a
= (] ; [Hz] must decrease by about a factor of 3.
[HBr]
Answer b
K= ﬁ ; solid lithium does not appear in the equilibrium constant expression, so no compensatory change is necessary.
2
Answer c
1
K= ——_; [SO,] must decrease by about half.

Le Chatelier’s Principle (Changes in Temperature):

[youtu.be]

Catalysts Do Not Affect Equilibrium

As we learned during our study of kinetics, a catalyst can speed up the rate of a reaction. Though this increase in reaction rate may
cause a system to reach equilibrium more quickly (by speeding up the forward and reverse reactions), a catalyst has no effect on the
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value of an equilibrium constant nor on equilibrium concentrations. The interplay of changes in concentration or pressure,
temperature, and the lack of an influence of a catalyst on a chemical equilibrium is illustrated in the industrial synthesis of
ammonia from nitrogen and hydrogen according to the equation

N3 (g) + 3Hz(g) = 2NH;(g) (2.7.9)

A large quantity of ammonia is manufactured by this reaction. Each year, ammonia is among the top 10 chemicals, by mass,
manufactured in the world. About 2 billion pounds are manufactured in the United States each year. Ammonia plays a vital role in
our global economy. It is used in the production of fertilizers and is, itself, an important fertilizer for the growth of corn, cotton, and
other crops. Large quantities of ammonia are converted to nitric acid, which plays an important role in the production of fertilizers,
explosives, plastics, dyes, and fibers, and is also used in the steel industry.

X Fritz Haber

Haber was born in Breslau, Prussia (presently Wroclaw, Poland) in December 1868. He went on to study chemistry and, while
at the University of Karlsruhe, he developed what would later be known as the Haber process: the catalytic formation of
ammonia from hydrogen and atmospheric nitrogen under high temperatures and pressures. For this work, Haber was awarded
the 1918 Nobel Prize in Chemistry for synthesis of ammonia from its elements (Equation 2.7.9). The Haber process was a boon
to agriculture, as it allowed the production of fertilizers to no longer be dependent on mined feed stocks such as sodium nitrate.

Figure 2.7.1: The work of Nobel Prize recipient Fritz Haber revolutionized agricultural practices in the early 20th century. His

work also affected wartime strategies, adding chemical weapons to the artillery.
Currently, the annual production of synthetic nitrogen fertilizers exceeds 100 million tons and synthetic fertilizer production
has increased the number of humans that arable land can support from 1.9 persons per hectare in 1908 to 4.3 in 2008. The
availability of nitrogen is a strong limiting factor to the growth of plants. Despite accounting for 78% of air, diatomic nitrogen (
Ns) is nutritionally unavailable to a majority of plants due the tremendous stability of the nitrogen-nitrogen triple bond.
Therefore, the nitrogen must be converted to a more bioavailable form (this conversion is called nitrogen fixation). Legumes
achieve this conversion at ambient temperature by exploiting bacteria equipped with suitable enzymes.

In addition to his work in ammonia production, Haber is also remembered by history as one of the fathers of chemical warfare.
During World War 1, he played a major role in the development of poisonous gases used for trench warfare. Regarding his role
in these developments, Haber said, “During peace time a scientist belongs to the World, but during war time he belongs to his

country.”!

Haber defended the use of gas warfare against accusations that it was inhumane, saying that death was death, by
whatever means it was inflicted. He stands as an example of the ethical dilemmas that face scientists in times of war and the

double-edged nature of the sword of science.

Like Haber, the products made from ammonia can be multifaceted. In addition to their value for agriculture, nitrogen
compounds can also be used to achieve destructive ends. Ammonium nitrate has also been used in explosives, including
improvised explosive devices. Ammonium nitrate was one of the components of the bomb used in the attack on the Alfred P.
Murrah Federal Building in downtown Oklahoma City on April 19, 1995.

Summary

Systems at equilibrium can be disturbed by changes to temperature, concentration, and, in some cases, volume and pressure;

volume and pressure changes will disturb equilibrium if the number of moles of gas is different on the reactant and product sides of
the reaction. The system's response to these disturbances is described by Le Chatelier's principle: The system will respond in a way
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that counteracts the disturbance. Not all changes to the system result in a disturbance of the equilibrium. Adding a catalyst affects
the rates of the reactions but does not alter the equilibrium, and changing pressure or volume will not significantly disturb systems
with no gases or with equal numbers of moles of gas on the reactant and product side.

Footnotes

1. 1 Herrlich, P. “The Responsibility of the Scientist: What Can History Teach Us About How Scientists Should Handle Research
That Has the Potential to Create Harm?” EMBO Reports 14 (2013): 759-764.

Glossary

Le Chatelier's principle

when a chemical system at equilibrium is disturbed, it returns to equilibrium by counteracting the disturbance

position of equilibrium
concentrations or partial pressures of components of a reaction at equilibrium (commonly used to describe conditions before a
disturbance)

stress

change to a reaction's conditions that may cause a shift in the equilibrium
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CHAPTER OVERVIEW

Unit 3: Acids Base Chemistry
Unit 3 Objectives

By the end of this unit, you will be able to:

o Define acids and bases using Arrhenius and Bronsted-Lowry models
o Identify acids, bases, conjugate acids and conjugate bases in reactions
¢ Calculate pH, pOH, [H+}, and [OH-] from [acid] or [base] for SA/SB and WA/WBs
o Describe the relationship between Ka/Kb for conjugate acid/base pair
o Describe structural attributes of molecules that affect acid strength.

3.1: Heartburn

3.2: The Nature of Acids and Bases

3.3: Definitions of Acids and Bases

3.4: Acid Strength and the Acid Dissociation Constant (Ka)

3.5: Autoionization of Water and pH

3.7: Acid Strength and Molecular Structure

3.8: Lewis Acids and Bases

Unit 3: Acids Base Chemistry is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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3.1: Heartburn

Heartburn is caused by a buildup of excessive amounts of stomach acid, particularly HCI. This acid is used to digest the food we
eat, but it can often back up into the esophagus causing that burning sensation many of us are familiar with. The symptoms of
heartburn can be treated with a mild base, which acts to neutralize the excess HCI. For example, Tums is a very commonly used
antacid that can be bought over the counter. Other antacids, such as Alka Seltzer, work in similar ways. Below, show the
mechanism and products for reaction in which calcium carbonate (the active ingredient in Tums) neutralizes HCI in a simple proton
transfer reaction. Following this acid-base reaction, carbonic acid quickly degrades into CO, and H;O.

Esophagus

- .

Lower esophageal
sphincter (open)

Backflow of acid and stomach
contents into the esophagus
causes heartburn

Gastroesophageal Reflux Disease (GERD)
A comparison of a healthy condition to GERD. (Cc BY-SA 4.0; BruceBlaus .

Diagram shows what happens in the stomach for people with Gastroesophageal Reflux Disease (GERD). The lower esophageal
sphincter opens and backflow of acid and stomach contents into the esophagus causes heartburns.

3.1: Heartburn is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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3.2: The Nature of Acids and Bases

Acids and bases have been known for a long time. When Robert Boyle characterized them in 1680, he noted that acids dissolve
many substances, change the color of certain natural dyes (for example, they change litmus from blue to red), and lose these
characteristic properties after coming into contact with alkalis (bases). In the eighteenth century, it was recognized that acids have a
sour taste, react with limestone to liberate a gaseous substance (now known to be CO5), and interact with alkalis to form neutral
substances. In 1815, Humphry Davy contributed greatly to the development of the modern acid-base concept by demonstrating that
hydrogen is the essential constituent of acids. Around that same time, Joseph Louis Gay-Lussac concluded that acids are substances
that can neutralize bases and that these two classes of substances can be defined only in terms of each other. The significance of
hydrogen was reemphasized in 1884 when Svante Arrhenius defined an acid as a compound that dissolves in water to yield
hydrogen cations (now recognized to be hydronium ions) and a base as a compound that dissolves in water to yield hydroxide
anions.

Acids and bases are common solutions that exist everywhere. Almost every liquid that we encounter in our daily lives consists of
acidic and basic properties, with the exception of water. They have completely different properties and are able to neutralize to
form H,O, which will be discussed later in a subsection. Acids and bases can be defined by their physical and chemical
observations (Table 3.2.1).

Table 3.2.1: General Properties of Acids and Bases

ACIDS BASES
produce a piercing pain in a wound. give a slippery feel.
taste sour. taste bitter.
are colorless when placed in phenolphthalein (an indicator). are pink when placed in phenolphthalein (an indicator).
are red on blue litmus paper (a pH indicator). are blue on red litmus paper (a pH indicator).
have a pH<7. have a pH>7.

produce hydrogen gas when reacted with metals.
produce carbon dioxide when reacted with carbonates.

Common examples: Lemons, oranges, vinegar, urine, sulfuric Common Examples: Soap, toothpaste, bleach, cleaning agents,
acid, hydrochloric acid limewater, ammonia water, sodium hydroxide.

Acids and bases in aqueous solutions will conduct electricity because they contain dissolved ions. Therefore, acids and bases are
electrolytes. Strong acids and bases will be strong electrolytes. Weak acids and bases will be weak electrolytes. This affects the
amount of conductivity.

The Arrhenius Definition of Acids and Bases

In 1884, the Swedish chemist Svante Arrhenius proposed two specific classifications of compounds, termed acids and bases. When
dissolved in an aqueous solution, certain ions were released into the solution. The Arrhenius definition of acid-base reactions is a
development of the "hydrogen theory of acids". It was used to provide a modern definition of acids and bases, and followed from
Arrhenius's work with Friedrich Wilhelm Ostwald in establishing the presence of ions in aqueous solution in 1884. This led to
Arrhenius receiving the Nobel Prize in Chemistry in 1903.

An Arrhenius acid is a compound that increases the concentration of H+ ions that are present when added to water. These H+ ions
form the hydronium ion (H30%*) when they combine with water molecules. This process is represented in a chemical equation by
adding H,O to the reactants side.

+ J—
HCl,) — HY,) +Cly,
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In this reaction, hydrochloric acid (HC?) dissociates into hydrogen (H*) and chlorine (C!™) ions when dissolved in water, thereby
releasing H" ions into solution. Formation of the hydronium ion equation:

HC’l(,,q) + HgO(l) — Hgo?;q) + Cl(_aq)

The Arrhenius definitions of acidity and alkalinity are restricted to aqueous solutions and refer to the concentration of the solvated
ions. Under this definition, pure H2S04 or HC! dissolved in toluene are not acidic, despite the fact that both of these acids will
donate a proton to toluene. In addition, under the Arrhenius definition, a solution of sodium amide (NaNH>) in liquid ammonia is
not alkaline, despite the fact that the amide ion (NHj') will readily deprotonate ammonia. Thus, the Arrhenius definition can only
describe acids and bases in an aqueous environment.

X Limitation of the Arrhenius Definition of Acids and Bases

The Arrhenius definition can only describe acids and bases in an aqueous environment.

In chemistry, acids and bases have been defined differently by three sets of theories: One is the Arrhenius definition defined above,
which revolves around the idea that acids are substances that ionize (break off) in an aqueous solution to produce hydrogen (Ht)
ions while bases produce hydroxide (OH ™) ions in solution. The other two definitions are discussed in detail alter in the chapter
and include the Bransted-Lowry definition the defines acids as substances that donate protons (H*) whereas bases are substances
that accept protons and the Lewis theory of acids and bases states that acids are electron pair acceptors while bases are electron pair
donors.

Contributors and Attributions
e Anonymous

3.2: The Nature of Acids and Bases is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

¢ 16.1: Acids and Bases - A Brief Review is licensed CC BY-NC-SA 3.0.

https://chem.libretexts.org/@go/page/207320


https://libretexts.org/
https://chem.libretexts.org/@go/page/207320?pdf
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/03%3A_Acids_Base_Chemistry/3.02%3A_The_Nature_of_Acids_and_Bases
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/03%3A_Acids_Base_Chemistry/3.02%3A_The_Nature_of_Acids_and_Bases?no-cache
https://chem.libretexts.org/@go/page/25225
https://creativecommons.org/licenses/by-nc-sa/3.0/

LibreTexts"

3.3: Definitions of Acids and Bases

Learning Objectives

o Identify acids, bases, and conjugate acid-base pairs according to the Brgnsted-Lowry definition
e Write equations for acid and base ionization reactions

o Use the ion-product constant for water to calculate hydronium and hydroxide ion concentrations
o Describe the acid-base behavior of amphiprotic substances

Acids and bases have been known for a long time. When Robert Boyle characterized them in 1680, he noted that acids dissolve
many substances, change the color of certain natural dyes (for example, they change litmus from blue to red), and lose these
characteristic properties after coming into contact with alkalis (bases). In the eighteenth century, it was recognized that acids have a
sour taste, react with limestone to liberate a gaseous substance (now known to be CO,), and interact with alkalis to form neutral
substances. In 1815, Humphry Davy contributed greatly to the development of the modern acid-base concept by demonstrating that
hydrogen is the essential constituent of acids. Around that same time, Joseph Louis Gay-Lussac concluded that acids are substances
that can neutralize bases and that these two classes of substances can be defined only in terms of each other. The significance of
hydrogen was reemphasized in 1884 when Svante Arrhenius defined an acid as a compound that dissolves in water to yield
hydrogen cations (now recognized to be hydronium ions) and a base as a compound that dissolves in water to yield hydroxide
anions.

Previously, we defined acids and bases as Arrhenius did: An acid is a compound that dissolves in water to yield hydronium ions (
H30%) and a base as a compound that dissolves in water to yield hydroxide ions (OH™). This definition is not wrong; it is simply
limited. We extended the definition of an acid or a base using the more general definition proposed in 1923 by the Danish chemist
Johannes Bronsted and the English chemist Thomas Lowry. Their definition centers on the proton, H*. A proton is what remains
when a normal hydrogen atom, }H, loses an electron. A compound that donates a proton to another compound is called a Brgnsted-
Lowry acid, and a compound that accepts a proton is called a Brgnsted-Lowry base. An acid-base reaction is the transfer of a
proton from a proton donor (acid) to a proton acceptor (base). In a subsequent chapter of this text we will introduce the most
general model of acid-base behavior introduced by the American chemist G. N. Lewis.

Acids may be compounds such as HC! or H,S0,, organic acids like acetic acid (CH3COOH) or ascorbic acid (vitamin C), or Hs0.
Anions (such as HSO,~, HoPO,~, HS™, and HCO;™) and cations (such as H30*, NH,*, and [Al(H,0)]3*) may also act as acids.
Bases fall into the same three categories. Bases may be neutral molecules (such as H,O, NHj, and CH3NH,), anions (such as OH™,
HS—, HCO3~, CO3?~, F-, and PO4*"), or cations (such as [Al(H20)50H]?"). The most familiar bases are ionic compounds such as
NaOH and Ca(OH),, which contain the hydroxide ion, OH~. The hydroxide ion in these compounds accepts a proton from acids to
form water:

H*+OH™ — H,0 (3.3.1)

We call the product that remains after an acid donates a proton the conjugate base of the acid. This species is a base because it can
accept a proton (to re-form the acid):

acid = proton + conjugate base (3.3.2)
HF = H'+F~ (3.3.3)

H,S80, = H' +HSO4~ (3.3.4)
H,O = H*+ OH™ (3.3.5)
HSO,~ = H" +80,* (3.3.6)
NH,* < H* + NH; (3.3.7)

We call the product that results when a base accepts a proton the base’s conjugate acid. This species is an acid because it can give
up a proton (and thus re-form the base):
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base + proton = conjugate acid (3.3.8)
OH™ +H* = H,0 (3.3.9)

H,0 + H* = H;0* (3.3.10)

NH; + H* < NH* (3.3.11)

S +HY =HS™ (3.3.12)
CO32” +HT < HCO3~ (3.3.13)

In these two sets of equations, the behaviors of acids as proton donors and bases as proton acceptors are represented in isolation. In
reality, all acid-base reactions involve the transfer of protons between acids and bases. For example, consider the acid-base reaction
that takes place when ammonia is dissolved in water. A water molecule (functioning as an acid) transfers a proton to an ammonia
molecule (functioning as a base), yielding the conjugate base of water, OH™, and the conjugate acid of ammonia, NH,*:

Conjugate acid-base pair Conjugate acid-base pair

H,0 (acid) OH™ (conjugate base) NH, (base) r\HJ' (conjugate acid)

9 Remove H* ‘J 6) Add H”

H,O) 4+ NHag) —— OH(ag) + NH, (aq)

Acid Base Conjugate base Conjugate acid

L

A conjugate acid base pair if when we remove a H plus from the acid to get the conjugate base. Another conjugate acid base pair is
when we add H plus to a base to get a conjugate acid. In a reaction: the acid and base are the reactants and the products are the
conjugate base and conjugate acid.

The reaction between a Brgnsted-Lowry acid and water is called acid ionization. For example, when hydrogen fluoride dissolves in

water and ionizes, protons are transferred from hydrogen fluoride molecules to water molecules, yielding hydronium ions and
fluoride ions:

| ol
H—F: + 10—H =———= —o—H| + :Fi
r o o = O
T MR

HE  + H0 == H,0" + F

Acid Base Acid Base

In this reaction HF is treated as the acid and water is treated as the base. The products as H30 plus and F minus. H30 plus is the

acid and F minus is the base.
When we add a base to water, a base ionization reaction occurs in which protons are transferred from water molecules to base
molecules. For example, adding pyridine to water yields hydroxide ions and pyridinium ions:

|o<div dala-ml-source:”l'bj&quol;This” height="167” width="612" src="/@ap1/dek1/f11es/56740/CNX_Chern_14_0 1_NH3_1rng]pg”>

Notice that both these ionization reactions are represented as equilibrium processes. The relative extent to which these acid and
base ionization reactions proceed is an important topic treated in a later section of this chapter. In the preceding paragraphs we saw
that water can function as either an acid or a base, depending on the nature of the solute dissolved in it. In fact, in pure water or in
any aqueous solution, water acts both as an acid and a base. A very small fraction of water molecules donate protons to other water
molecules to form hydronium ions and hydroxide ions:
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H H H *
10—H + 10—H ——=_ |:H—_C|)_—H:| + [::Cé—H]7
H,0 + H,0 —_— H,0" +  OH
Acid Base Acid Base
Here we have 2 water molecules reacting together. One water molecule is an acid while the second water molecule acts as a base.
For the products, we get H30 plus and OH minus. H30O plus is the acid and OH minus is the base.
This type of reaction, in which a substance ionizes when one molecule of the substance reacts with another molecule of the same
substance, is referred to as autoionization. Pure water undergoes autoionization to a very slight extent. Only about two out of
every 10° molecules in a sample of pure water are ionized at 25 °C. The equilibrium constant for the ionization of water is called
the ion-product constant for water (K,,):

HzO(l) + HzO(l) = H3O+(aq) + HO_(aq) Ky = [H30+] [OH_ ] (3314)

The slight ionization of pure water is reflected in the small value of the equilibrium constant; at 25 °C, Kw has a value of 1.0
x 107, The process is endothermic, and so the extent of ionization and the resulting concentrations of hydronium ion and
hydroxide ion increase with temperature. For example, at 100 °C, the value for K, is approximately 5.1 x 1073, roughly 100-times
larger than the value at 25 °C.

A Video Discussing Conjugate Acid-Base Pairs: [youtu.be]

v/ Example 3.3.1: lon Concentrations in Pure Water

What are the hydronium ion concentration and the hydroxide ion concentration in pure water at 25 °C?

Solution
The autoionization of water yields the same number of hydronium and hydroxide ions. Therefore, in pure water, [H3O%]
= [OH~ | At 25 °C:
K, = [H30"][OH | = [H30*])%" = [OH~ |2 =1.0 x 107
So:

[H;01]=[0H |=V1.0x10¥=10x10"M

The hydronium ion concentration and the hydroxide ion concentration are the same, and we find that both equal 1.0 x 10" M.

The ion product of water at 80 °C is 2.4 x 10713, What are the concentrations of hydronium and hydroxide ions in pure water at
80 °C?
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Answer
[H;07]=[OH" | =49 x 107" M

It is important to realize that the autoionization equilibrium for water is established in all aqueous solutions. Adding an acid or base
to water will not change the position of the equilibrium determined by the autoionization reaction but it does shift the relative
concentrations of [OH~] and [H;O*]. Example 16.2.2 demonstrates the quantitative aspects of this relation between hydronium and
hydroxide ion concentrations.

A Video Describing the Self-Ionization of Water (Kw): [youtu.be]

v Example 3.3.2: The Inverse Proportionality of [H30*] and [OH™ ]

A solution of carbon dioxide in water has a hydronium ion concentration of 2.0 x 10~ M. What is the concentration of
hydroxide ion at 25 °C?

Solution
We know the value of the ion-product constant for water at 25 °C:

2H;0() = H30™ (4y) + OH™ (4
K, =[H;0%][OH" | =1.0 x 107
Thus, we can calculate the missing equilibrium concentration.
Rearrangement of the K, expression yields that [OH-] is directly proportional to the inverse of [H;0"]:

K, _10x107™
[H30+]  2.0x 1078

[OH] = =5.0x107°

The hydroxide ion concentration in water is reduced to 5.0 x 107 M as the hydrogen ion concentration increases to 2.0 x 1078
M. This is expected from Le Chatelier’s principle; the autoionization reaction shifts to the left to reduce the stress of the
increased hydronium ion concentration and the [OH™ ] is reduced relative to that in pure water.

A check of these concentrations confirms that our arithmetic is correct:

K, = [H30"][OH™ ] = (2.0 x 1075)(5.0 x 107°) = 1.0 x 107

? Exercise 3.3.2
What is the hydronium ion concentration in an aqueous solution with a hydroxide ion concentration of 0.001 M at 25 °C?

Answer

[H30t]=1x1071M
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Amphiprotic Species

Like water, many molecules and ions may either gain or lose a proton under the appropriate conditions. Such species are said to be
amphiprotic. Another term used to describe such species is amphoteric, which is a more general term for a species that may act
either as an acid or a base by any definition (not just the Brgnsted-Lowry one). Consider for example the bicarbonate ion, which
may either donate or accept a proton as shown here:

HCO ™ 3(4q) + H2O(p) = CO*3(09) + H3OF (5 (3.3.15)

HCO™3(5q + H2O(y = HaCO3(4) + OH™ () (3.3.16)

v Example 3.3.3: The Acid-Base Behavior of an Amphoteric Substance

Write separate equations representing the reaction of HSO3~

a. as an acid with OH~
b. as a base with HI

Solution
— = _n 2—
a. HSO3(aq) + OH(aq) — SOs(uq) + HzO(l)
b. HSO‘._;_(M) + Hlgy = HzSO:;(aq) + I(_aq)

? Example 3.3.4

Write separate equations representing the reaction of HoPO4~

a. as a base with HBr
b. as an acid with OH~

Answer
a. HzPOZ(aq) + HBT(aq) - H3PO4(aq) + BT(_aq
b. H2POZ(M) + OH(_aq) = HPOZGM) alx HzO(l)

)

Summary

A compound that can donate a proton (a hydrogen ion) to another compound is called a Brgnsted-Lowry acid. The compound that
accepts the proton is called a Brgnsted-Lowry base. The species remaining after a Bronsted-Lowry acid has lost a proton is the
conjugate base of the acid. The species formed when a Bransted-Lowry base gains a proton is the conjugate acid of the base. Thus,
an acid-base reaction occurs when a proton is transferred from an acid to a base, with formation of the conjugate base of the
reactant acid and formation of the conjugate acid of the reactant base. Amphiprotic species can act as both proton donors and
proton acceptors. Water is the most important amphiprotic species. It can form both the hydronium ion, H30*, and the hydroxide
ion, OH~ when it undergoes autoionization:

2H,0() = H30(, + OH,,

The ion product of water, Ky, is the equilibrium constant for the autoionization reaction:
Ky = [H;OT][OH] = 1.0 x 107 at 25°C

Key Equations

. Ky, = [H3O*][OH™ ] = 1.0 x 107 (at 25 °C)

Glossary

acid ionization

reaction involving the transfer of a proton from an acid to water, yielding hydronium ions and the conjugate base of the acid
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amphiprotic

species that may either gain or lose a proton in a reaction

amphoteric

species that can act as either an acid or a base

autoionization

reaction between identical species yielding ionic products; for water, this reaction involves transfer of protons to yield
hydronium and hydroxide ions

base ionization

reaction involving the transfer of a proton from water to a base, yielding hydroxide ions and the conjugate acid of the base

Bronsted-Lowry acid

proton donor

Brensted-Lowry base

proton acceptor

conjugate acid
substance formed when a base gains a proton

conjugate base
substance formed when an acid loses a proton

ion-product constant for water (K,,)

equilibrium constant for the autoionization of water
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3.4: Acid Strength and the Acid Dissociation Constant (Ka)

4b Learning Objectives

o To know the relationship between acid or base strength and the magnitude of K., K3, pK,, and pKp.
o To understand the leveling effect.

The magnitude of the equilibrium constant for an ionization reaction can be used to determine the relative strengths of acids and
bases. For example, the general equation for the ionization of a weak acid in water, where HA is the parent acid and A- is its
conjugate base, is as follows:

HA@gg) + H2Oy = H3O_(;q) + A(_aq) (3.4.1)

The equilibrium constant for this dissociation is as follows:

_ [Hs0*][A7]

= EOlHA (3.4.2)

As we noted earlier, because water is the solvent, it has an activity equal to 1, so the [H2O] term in Equation 3.4.2 is actually the
am,0, which is equal to 1.

Again, for simplicity, H3O* can be written as H+ in Equation 3.4.3.
- gt -
HA(aq) = H(aq) + A(aq) (3.4.3)

Keep in mind, though, that free H* does not exist in aqueous solutions and that a proton is transferred to H,O in all acid ionization
reactions to form hydronium ions, H3O*t. The larger the K,, the stronger the acid and the higher the H* concentration at
equilibrium. Like all equilibrium constants, acid—base ionization constants are actually measured in terms of the activities of H+ or
OH~, thus making them unitless. The values of K, for a number of common acids are given in Table 3.4.1.

Table 3.4.1: Values of K,, pK,, K3, and pKj, for Selected Acids (HA and Their Conjugate Bases (A™)
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Acid HA K, K, A~ K, Ky
hydroiodic acid HI 2 x 10° -9.3 I- 5.5x 107 23.26
sulfuric acid (1)* H,80, 1x 102 -2.0 HSO; 1x 1076 16.0
nitric acid HNO; 2.3 x 10! -1.37 NO7 4.3 x 10716 15.37
hydronium ion H;0* 1.0 0.00 H;0 1.0x 1074 14.00
sulfuric acid (2)* HSO; 1.0x 1072 1.99 so* 9.8x 10713 12.01
hydrofluoric acid HF 6.3 x10~* 3.20 F- 1.6x 1071 10.80
nitrous acid HNO, 5.6x 1074 3.25 NO2- 1.8x 1071 10.75
formic acid HCO,H 1.78 x 10~* 3.750 HCO,— 5.6x 10711 10.25
benzoic acid CsHs;CO.H 6.3x 1078 4.20 CsH5CO; 1.6 x 10710 9.80
acetic acid CH;CO,H 1.7 x 1078 4.76 CH3CO;, 5.8 x 10710 9.24
pyridinium ion CsHsNH* 5.9 x 1078 5.23 CsHsN 1.7x107° 8.77
hypochlorous HOC! 40x 1078 7.40 ocl- 2.5 x 10~ 6.60
acid

hydrocyanic acid HCN 6.2 x 10710 9.21 CN- 1.6 x 107° 4.79
ammonium ion NH} 5.6 x 10710 9.25 NH; 1.8x 107 4.75
water H,0 1.0x 1074 14.00 OH~— 1.00 0.00
acetylene CyH, 1x107% 26.0 HCy 1x 102 -12.0
ammonia NH; 1x107% 35.0 NHy 1x 10% -21.0

*The number in parentheses indicates the ionization step referred to for a polyprotic acid.

Weak bases react with water to produce the hydroxide ion, as shown in the following general equation, where B is the parent base
and BH+ is its conjugate acid:

B(aq) + HzO(l) = BH(:q) —+ OH(;I) (344)

The equilibrium constant for this reaction is the base ionization constant (Kj), also called the base dissociation constant:

_ [BH*][0H"]

K [B]

(3.4.5)

Once again, the activity of water has a value of 1, so water does not appear in the equilibrium constant expression. The larger the
K3, the stronger the base and the higher the OH~ concentration at equilibrium. The values of K3 for a number of common weak
bases are given in Table 3.4.2.

Table 3.4.2: Values of K3, pK, K, and pK, for Selected Weak Bases (B) and Their Conjugate Acids (BH+)
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Base B K, pKp BH* K, K,
hydroxide ion OH~- 1.0 0.00* H,0 1.0x 1074 14.00
phosphate ion PO¥ 2.1x 1072 1.68 HPOY 48x 10713 12.32
dimethylamine (CH3)sNH 5.4x107* 3.27 (CH3)sNHS 19x 1071 10.73

methylamine CH3NH, 4.6x107* 3.34 CH3NH; 2.2 x 1071 10.66
trimethylamine (CH3)3N 6.3x107° 4.20 (CH;3)sNH* 1.6 x 10710 9.80
ammonia NH; 1.8x107° 4.75 NHf 5.6 x 10710 9.25
pyridine CsHsN 1.7x107° 8.77 CsHsNH* 5.9 x 1078 5.23
aniline Ce¢HsNH, 7.4 x1071° 9.13 CeHsNH; 1.3x 1078 4.87
water H,0 1.0 x 10714 14.00 H30t 1.0* 0.00

*As in Table 3.4.1.

There is a simple relationship between the magnitude of K, for an acid and K, for its conjugate base. Consider, for example, the
ionization of hydrocyanic acid (HCN) in water to produce an acidic solution, and the reaction of CN~ with water to produce a

basic solution:

HCONq = H{,y +CN, (3.4.6)

ON{gy + H20) = OH () + HON(ag (3.4.7)

K,= % (348)

The corresponding expression for the reaction of cyanide with water is as follows:

[OH|[HCN]

N

(3.4.9)

If we add Equations 3.4.6 and 3.4.7, we obtain the following:

add Equations 3.4.6 and 3.4.7, we obtain

Reaction Equilibrium Constants
HONGy = Hiy+ Oy K, = [H*] [N/ [Bon]
CNG, +H0p = OHg, + HCNG, Ky = [0H-] [HON] | [ON-T

H;0p = H}, +OH, K=K,x K,=[H*|[OH]

In this case, the sum of the reactions described by K, and Kj, is the equation for the autoionization of water, and the product of the

two equilibrium constants is K,

K Ky = K, (3.4.10)
Thus if we know either K, for an acid or K, for its conjugate base, we can calculate the other equilibrium constant for any
conjugate acid—base pair.

Just as with pH, pOH, and pKw, we can use negative logarithms to avoid exponential notation in writing acid and base ionization
constants, by defining pK, as follows:
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pKa = —logyy K, (3.4.11)
K, =107% (3.4.12)
and pKj as
Ky = —logyy Ky (3.4.13)
Ky =107% (3.4.14)

Similarly, Equation 3.4.10, which expresses the relationship between K, and K3, can be written in logarithmic form as follows:

Ko+ pKy = pKy (3.4.15)
At 25 °C, this becomes

pK, + pKy = 14.00 (3.4.16)

The values of pK, and pK, are given for several common acids and bases in Tables 3.4.1 and 3.4.2, respectively, and a more
extensive set of data is provided in Tables E1 and E2. Because of the use of negative logarithms, smaller values of pK, correspond
to larger acid ionization constants and hence stronger acids. For example, nitrous acid (HNO,), with a pK, of 3.25, is about a
million times stronger acid than hydrocyanic acid (HCN), with a pK, of 9.21. Conversely, smaller values of pK} correspond to
larger base ionization constants and hence stronger bases.

ACID BASE
OH™
HS™

£
2
2
o
@
c

<—Relative acid strength increasing
Relative base strength increasing—

HSO,~
cl
Br~

negligible

Figure 3.4.1: The Relative Strengths of Some Common Conjugate Acid—Base Pairs. The strongest acids are at the bottom left, and
the strongest bases are at the top right. The conjugate base of a strong acid is a very weak base, and, conversely, the conjugate acid
of a strong base is a very weak acid.

negative 2, S negative 2. Negligible bases are NO3 minus, HSO4 minus, Cl minus, and Br minus.

The relative strengths of some common acids and their conjugate bases are shown graphically in Figure 3.4.1. The conjugate acid—

base pairs are listed in order (from top to bottom) of increasing acid strength, which corresponds to decreasing values of pK,. This
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order corresponds to decreasing strength of the conjugate base or increasing values of pK}. At the bottom left of Figure 3.4.2 are the
common strong acids; at the top right are the most common strong bases. Notice the inverse relationship between the strength of
the parent acid and the strength of the conjugate base. Thus the conjugate base of a strong acid is a very weak base, and the
conjugate base of a very weak acid is a strong base.

I The conjugate base of a strong acid is a weak base and vice versa.

We can use the relative strengths of acids and bases to predict the direction of an acid-base reaction by following a single rule: an
acid-base equilibrium always favors the side with the weaker acid and base, as indicated by these arrows:

stronger acid + stronger base — weaker acid + weaker base
In an acid-base reaction, the proton always reacts with the stronger base.

For example, hydrochloric acid is a strong acid that ionizes essentially completely in dilute aqueous solution to produce HsO* and
Cl—; only negligible amounts of HCI molecules remain undissociated. Hence the ionization equilibrium lies virtually all the way to
the right, as represented by a single arrow:

HOCl(ag) + HyOq) — H30(,,) + Clg, (3-4.17)

In contrast, acetic acid is a weak acid, and water is a weak base. Consequently, aqueous solutions of acetic acid contain mostly
acetic acid molecules in equilibrium with a small concentration of H3O" and acetate ions, and the ionization equilibrium lies far to
the left, as represented by these arrows:

CH3COzH(a,q) + H20(1) e H30+ (aq) T CH3COz(a,q)_

Similarly, in the reaction of ammonia with water, the hydroxide ion is a strong base, and ammonia is a weak base, whereas the
ammonium ion is a stronger acid than water. Hence this equilibrium also lies to the left:

Hy0() + NHyy) &= NH, ;?aq) + OH(;q)

All acid—base equilibria favor the side with the weaker acid and base. Thus the proton is
bound to the stronger base.

v/ Example 3.4.1: Butyrate and Dimethylammonium lons

a. Calculate K, and pK;, of the butyrate ion (CH;CH>;CH,COy). The pK, of butyric acid at 25°C is 4.83. Butyric acid is
responsible for the foul smell of rancid butter.

b. Calculate K, and pK, of the dimethylammonium ion ((CH;), NH;}). The base ionization constant K; of dimethylamine (
(CH3)sNH) is 5.4 x 10~ at 25°C.

Given: pK, and K,
Asked for: corresponding K3 and pKj, K, and pK,
Strategy:

The constants K, and K, are related as shown in Equation 3.4.10. The pK, and pK, for an acid and its conjugate base are
related as shown in Equations 3.4.15 and 3.4.16. Use the relationships pK = —log K and K = 10PX (Equations 3.4.11 and 3.4.13)
to convert between K, and pK, or K; and pKj.

Solution:

We are given the pK, for butyric acid and asked to calculate the K3 and the pKj for its conjugate base, the butyrate ion.
Because the pK, value cited is for a temperature of 25°C, we can use Equation 3.4.16: pK, + pK; = pKyy = 14.00. Substituting
the pK, and solving for the pK;,

4.83 + pKj = 14.00

pKp = 14.00 — 4.83 = 9.17

https://chem.libretexts.org/@go/page/207322


https://libretexts.org/
https://chem.libretexts.org/@go/page/207322?pdf

LibreTexts*

Because pKj = —log K3, K3 is 107917 = 6.8 x 10719,

In this case, we are given K, for a base (dimethylamine) and asked to calculate K, and pK, for its conjugate acid, the
dimethylammonium ion. Because the initial quantity given is Kj rather than pKj;, we can use Equation 3.4.10: K,K; = K.
Substituting the values of K} and K, at 25°C and solving for K,

K, (5.4 x107%) =1.01 x 1074
K,=19x1071

Because pK, = —log K,, we have pK, = —log(1.9 x 107'!) = 10.72. We could also have converted K} to pKj to obtain the same
answer:

pKy = —log(5.4 x 107%) = 3.27
pKa + pKp = 14.00
pK, = 10.73
K,=10PK =107109® = 1.9 x 107!

If we are given any one of these four quantities for an acid or a base (K, pK,, K3, or pK}), we can calculate the other three.

? Exercise 3.4.1: Lactic Acid

Lactic acid (CH3CH(OH)CO,H) is responsible for the pungent taste and smell of sour milk; it is also thought to produce
soreness in fatigued muscles. Its pK, is 3.86 at 25°C. Calculate K, for lactic acid and pKj and K} for the lactate ion.

Answer
e K,=1.4 x10*for lactic acid;
e pK;=10.14 and
e Ky ="T7.2x 10" for the lactate ion

A Video Calculating pH in Strong Acid or Strong Base Solutions:
[youtu.be]

Solutions of Strong Acids and Bases: The Leveling Effect

You will notice in Table 3.4.1 that acids like H,S04 and HNOjs lie above the hydronium ion, meaning that they have pK, values less
than zero and are stronger acids than the H3O™ ion. Recall from Chapter 4 that the acidic proton in virtually all oxoacids is bonded
to one of the oxygen atoms of the oxoanion. Thus nitric acid should properly be written as HONO,. Unfortunately, however, the
formulas of oxoacids are almost always written with hydrogen on the left and oxygen on the right, giving HNO; instead. In fact, all
six of the common strong acids that we first encountered in Chapter 4 have pK, values less than zero, which means that they have a
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greater tendency to lose a proton than does the H3O" ion. Conversely, the conjugate bases of these strong acids are weaker bases
than water. Consequently, the proton-transfer equilibria for these strong acids lie far to the right, and adding any of the common
strong acids to water results in an essentially stoichiometric reaction of the acid with water to form a solution of the H3O* ion and
the conjugate base of the acid.

Although K, for HI is about 108 greater than K, for HNOj, the reaction of either HI or HNQO3 with water gives an essentially
stoichiometric solution of H30" and I- or NOj. In fact, a 0.1 M aqueous solution of any strong acid actually contains 0.1 M HsO,
regardless of the identity of the strong acid. This phenomenon is called the leveling effect: any species that is a stronger acid than
the conjugate acid of water (HsO™) is leveled to the strength of H3O™ in aqueous solution because H3O* is the strongest acid that

HNO3 in aqueous solution, and an alternative approach must be used to determine their relative acid strengths.

One method is to use a solvent such as anhydrous acetic acid. Because acetic acid is a stronger acid than water, it must also be a
weaker base, with a lesser tendency to accept a proton than H2O. Measurements of the conductivity of 0.1 M solutions of both HI
and HNO;j in acetic acid show that HI is completely dissociated, but HNQj is only partially dissociated and behaves like a weak
acid in this solvent. This result clearly tells us that HI is a stronger acid than HNOs. The relative order of acid strengths and
approximate K, and pK, values for the strong acids at the top of Table 3.4.1 were determined using measurements like this and
different nonaqueous solvents.

In aqueous solutions, HsO™ is the strongest acid and OH ~ is the strongest base that can
exist in equilibrium with H,O.

The leveling effect applies to solutions of strong bases as well: In aqueous solution, any base stronger than OH- is leveled to the
strength of OH— because OH- is the strongest base that can exist in equilibrium with water. Salts such as K,O, NaOCHj3 (sodium
methoxide), and NaNH, (sodamide, or sodium amide), whose anions are the conjugate bases of species that would lie below water
in Table 3.4.2, are all strong bases that react essentially completely (and often violently) with water, accepting a proton to give a
solution of OH~ and the corresponding cation:

KQO(S) + H20([) — ZOH(;q) + 2K(Tzq) (3.4.18)
NG,OCH3(8) + HzO(l) — OH(_aq) + Naz;q) + CH;;OH(W) (3.4.19)

NaNHj,) + H2Op — OH , + Nat

(ag) (ag) T NHs(aq) (3.4.20)

Other examples that you may encounter are potassium hydride (KH) and organometallic compounds such as methyl lithium (
CH;Li).

Polyprotic Acids and Bases

As you learned, polyprotic acids such as H,SO,4, H3PO,, and H,COj3; contain more than one ionizable proton, and the protons are
lost in a stepwise manner. The fully protonated species is always the strongest acid because it is easier to remove a proton from a
neutral molecule than from a negatively charged ion. Thus acid strength decreases with the loss of subsequent protons, and,
correspondingly, the pK, increases. Consider HySOy,, for example:

HSOy,, < SO,

sop) t Hizgy PKa=2

(aq)
The equilibrium in the first reaction lies far to the right, consistent with H»,S04 being a strong acid. In contrast, in the second
reaction, appreciable quantities of both HSO; and SO%~ are present at equilibrium.

For a polyprotic acid, acid strength decreases and the pK, increases with the sequential
loss of each proton.

The hydrogen sulfate ion (HSOj) is both the conjugate base of H»SO, and the conjugate acid of SO;~. Just like water, HSO4- can
therefore act as either an acid or a base, depending on whether the other reactant is a stronger acid or a stronger base. Conversely,
the sulfate ion (SO3™) is a polyprotic base that is capable of accepting two protons in a stepwise manner:
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50} ug + H20g = HSOy,, +OH

HSOZ(M) + Hzo(aq) - H2504(aq) + OH(;I) (3.4.21)
Like any other conjugate acid—base pair, the strengths of the conjugate acids and bases are related by pK, + pK; = pKw. Consider,
for example, the HSO, /SO?~ conjugate acid-base pair. From Table 3.4.1, we see that the pK, of HSO; is 1.99. Hence the pK; of
S0% is 14.00 — 1.99 = 12.01. Thus sulfate is a rather weak base, whereas OH~ is a strong base, so the equilibrium shown in

Equation 3.4.21 lies to the left. The HSO; ion is also a very weak base (pK, of H»SO4 = 2.0, pK; of HSO; = 14 — (—2.0) =16),
which is consistent with what we expect for the conjugate base of a strong acid.

v/ Example 3.4.2

Predict whether the equilibrium for each reaction lies to the left or the right as written.

o NHj,, + PO}, = NHyq+HPOY

o CH3CH;CO2H g + CN(;q) = CHaCHgCO;(aq) + HCN gy
Given: balanced chemical equation

Asked for: equilibrium position

Strategy:

Identify the conjugate acid—base pairs in each reaction. Then refer to Tables 3.4.1and3.4.2 and Figure 3.4.2 to determine which
is the stronger acid and base. Equilibrium always favors the formation of the weaker acid—base pair.

Solution:

The conjugate acid-base pairs are NH;" /NH; and HPO?~/PO3~. According to Tables 3.4.1 and 3.4.2, NH; is a stronger acid (
pK, = 9.25) than HPO3~ (pKa = 12.32), and PO}™ is a stronger base (pK; = 1.68) than NH; (pK; = 4.75). The equilibrium will
therefore lie to the right, favoring the formation of the weaker acid—base pair:

3— N 2—
N H;an) + PO ag) NHjyqg + HPO 4(aq)
stronger acid  stronger base weaker base weaker acid

The conjugate acid-base pairs are CHsCH>,CO2H/CH3CH,CO; and HCN/CN~. According to Table 3.4.1, HCN is a weak
acid (pKa = 9.21) and CN~ is a moderately weak base (pKb = 4.79). Propionic acid (CH3sCH,CO,H) is not listed in Table
3.4.1, however. In a situation like this, the best approach is to look for a similar compound whose acid-base properties are
listed. For example, propionic acid and acetic acid are identical except for the groups attached to the carbon atom of the
carboxylic acid (—CH2CH3 versus —CH3), so we might expect the two compounds to have similar acid-base properties. In
particular, we would expect the pK, of propionic acid to be similar in magnitude to the pK, of acetic acid. (In fact, the pK, of
propionic acid is 4.87, compared to 4.76 for acetic acid, which makes propionic acid a slightly weaker acid than acetic acid.)
Thus propionic acid should be a significantly stronger acid than HCN. Because the stronger acid forms the weaker conjugate
base, we predict that cyanide will be a stronger base than propionate. The equilibrium will therefore lie to the right, favoring

the formation of the weaker acid-base pair:
CH3CH2002H(M) 1= CN(;q) = CH3CH2002_(aq) o HCN(aq)

stronger acid stronger base weaker base weaker acid

? Exercise 3.4.1

Predict whether the equilibrium for each reaction lies to the left or the right as written.

a. o0 + HS ) <= OH ) + H38(aq)

aq)
b. HCOy,,, + HSOg,,, = HOO:H, + SO%,,
Answer a
left
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Answer b

left

A Video Discussing Polyprotic Acids: [youtu.be]

Summary

Acid-base reactions always contain two conjugate acid—base pairs. Each acid and each base has an associated ionization constant
that corresponds to its acid or base strength. Two species that differ by only a proton constitute a conjugate acid—base pair. The
magnitude of the equilibrium constant for an ionization reaction can be used to determine the relative strengths of acids and bases.
For an aqueous solution of a weak acid, the dissociation constant is called the acid ionization constant (K,). Similarly, the
equilibrium constant for the reaction of a weak base with water is the base ionization constant (K3). For any conjugate acid—base
pair, K,K; = K,. Smaller values of pK, correspond to larger acid ionization constants and hence stronger acids. Conversely,
smaller values of pKj correspond to larger base ionization constants and hence stronger bases. At 25°C, pK, + pKj = 14.00. Acid—
base reactions always proceed in the direction that produces the weaker acid—base pair. No acid stronger than H3O1 and no base
stronger than OH~ can exist in aqueous solution, leading to the phenomenon known as the leveling effect. Polyprotic acids (and
bases) lose (and gain) protons in a stepwise manner, with the fully protonated species being the strongest acid and the fully
deprotonated species the strongest base.

Key Equations

e Acid ionization constant:

_ [H30%][A7]
K= "Tma
e Base ionization constant:
_ |BHY]|OH™]
Bo=""1g

o Relationship between K, and K of a conjugate acid—base pair:
K,Kp =K,
o Definition of pK,:
pKa = —log;y K,
K, =107k
o Definition of pKj:

pr = — logw Kb
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Ky =10"7%

o Relationship between pK, and pK; of a conjugate acid—base pair:
pK, +pKy = pK,,

pK, + pKp = 14.00 at 25°C

Contributors and Attributions

o Stephen Lower, Professor Emeritus (Simon Fraser U.) Chem1 Virtual Textbook

3.4: Acid Strength and the Acid Dissociation Constant (Ka) is shared under a not declared license and was authored, remixed, and/or curated by
LibreTexts.
o 16.5: Strong Acids and Bases is licensed CC BY-NC-SA 3.0.
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3.5: Autoionization of Water and pH

4b Learning Objectives

e To understand the autoionization reaction of liquid water.
o To know the relationship among pH, pOH, and pK,,.

As you learned previously acids and bases can be defined in several different ways (Table 3.5.1). Recall that the Arrhenius
definition of an acid is a substance that dissociates in water to produce H* ions (protons), and an Arrhenius base is a substance that
dissociates in water to produce OH~ (hydroxide) ions. According to this view, an acid-base reaction involves the reaction of a
proton with a hydroxide ion to form water. Although Brensted and Lowry defined an acid similarly to Arrhenius by describing an
acid as any substance that can donate a proton, the Bronsted—Lowry definition of a base is much more general than the Arrhenius
definition. In Brensted—Lowry terms, a base is any substance that can accept a proton, so a base is not limited to just a hydroxide
ion. This means that for every Brgnsted—Lowry acid, there exists a corresponding conjugate base with one fewer proton.
Consequently, all Brgnsted—Lowry acid—base reactions actually involve two conjugate acid—base pairs and the transfer of a proton
from one substance (the acid) to another (the base). In contrast, the Lewis definition of acids and bases, focuses on accepting or
donating pairs of electrons rather than protons. A Lewis base is an electron-pair donor, and a Lewis acid is an electron-pair
acceptor.

Table 3.5.1: Definitions of Acids and Bases

Definition Acids Bases
Arrhenius H~ donor OH~ donor
Bronsted-Lowry H™* donor H acceptor
Lewis electron-pair acceptor electron-pair donor

Because this chapter deals with acid-base equilibria in aqueous solution, our discussion will use primarily the Brgnsted—Lowry
definitions and nomenclature. Remember, however, that all three definitions are just different ways of looking at the same kind of
reaction: a proton is an acid, and the hydroxide ion is a base—no matter which definition you use. In practice, chemists tend to use
whichever definition is most helpful to make a particular point or understand a given system. If, for example, we refer to a base as
having one or more lone pairs of electrons that can accept a proton, we are simply combining the Lewis and Brensted—Lowry
definitions to emphasize the characteristic properties of a base.

Acid-Base Properties of Water

Recall that because of its highly polar structure, liquid water can act as either an acid (by donating a proton to a base) or a base (by
using a lone pair of electrons to accept a proton). For example, when a strong acid such as HCI dissolves in water, it dissociates into
chloride ions (C!™) and protons (H*). The proton, in turn, reacts with a water molecule to form the hydronium ion (H30™"):
HCl'(aq) + HzO(l) — H3O-(';q) + Cl(_aq) (3.5.1)
acid base acid base
In this reaction, HCl is the acid, and water acts as a base by accepting an H* ion. The reaction in Equation 3.5.1 is often written in a
simpler form by removing H»O from each side:

HClgy —» HEy + 0l (3.5.2)

In Equation 3.5.2, the hydronium ion is represented by H*, although free H* ions do not exist in liquid water as this reaction
demonstrates:

H+

(aq) + H20(l) — H3O-(';q)

Water can also act as an acid, as shown in Equation 3.5.3. In this equilibrium reaction, H,O donates a proton to NHj, which acts as
a base:
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aq)

Hy0) + NHjg = NHJ,, + OH, (3.5.3)
acid base acid base

Water is thus termed amphiprotic, meaning that it can behave as either an acid or a base, depending on the nature of the other
reactant. Notice that Equation 3.5.3 is an equilibrium reaction as indicated by the double arrow and hence has an equilibrium
constant associated with it.

The lon-Product Constant of Liquid Water
Because water is amphiprotic, one water molecule can react with another to form an OH~ ion and an H3O™ ion in an autoionization

process:

2H,0() = Hsog;q) +OH,, (3.5.4)

The equilibrium constant K for this reaction can be written as follows:

0H,0+ - GOH- [H3OT|[HO™]

a"[’ho (1)2

K, = = [H;0Y][HO™] (3.5.5)

where a is the activity of a species. Because water is the solvent, and the solution is assumed to be dilute, the activity of the water is
approximated by the activity of pure water, which is defined as having a value of 1. The activity of each solute is approximated by
the molarity of the solute.

It is a common error to claim that the molar concentration of the solvent is in some way involved in the equilibrium law. This
error is a result of a misunderstanding of solution thermodynamics. For example, it is often claimed that Ka = Keq[H20] for
aqueous solutions. This equation is incorrect because it is an erroneous interpretation of the correct equation Ka = Keg(am,0).
Because ap,o = 1 for a dilute solution, K, = Keg(1), or Ky = Keg.

In this reaction, one water molecule acts as an acid and one water molecule acts as a base. Thus, this reaction actually can be
designated as the K, of water and as the K, of water. It is most common, however, to designate this reaction and the associated law
of mass action as the K,, of water:

K, = [H;0*][HO™] (3.5.6)

When pure liquid water is in equilibrium with hydronium and hydroxide ions at 25 °C, the concentrations of the hydronium ion and
the hydroxide ion are equal:

[H30%]=[OH7]=1.003x 107" M (3.5.7)
Thus the number of dissociated water molecules is very small indeed, approximately 2 ppb.
Substituting the values for [H30*] and [OH ] at 25 °C into this expression
K, = (1.003 x 1077)(1.003 x 10~7) = 1.006 x 10714 (3.5.8)
Thus, to three significant figures, K,, = 1.01 x 10~** at room temperature, and

K, =1.01 x 107 = [H;0*][0OH ] (8.5.9)

Like any other equilibrium constant, K,, varies with temperature, ranging from 1.15 x 107'% at 0 °C to 4.99 x 1073 at 100 °C.

In pure water, the concentrations of the hydronium ion and the hydroxide ion are equal, and the solution is therefore neutral. If
[H307] > [OH"], however, the solution is acidic, whereas if [H30%] < [OH ], the solution is basic. For an aqueous solution, the
H30" concentration is a quantitative measure of acidity: the higher the H3O" concentration, the more acidic the solution.
Conversely, the higher the OH~ concentration, the more basic the solution. In most situations that you will encounter, the H3O*
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and OH~ concentrations from the dissociation of water are so small (1.003 x 10~7M) that they can be ignored in calculating the
H3;0" or OH~ concentrations of solutions of acids and bases, but this is not always the case.

Igjiéﬁgan of Watel-tri %(\“v‘)
of Water (Kw)
>

Watch on (@ YouTube

A Video Describing the Self-Ionization of Water (Kw): Self-lonization of Water (Kw): [youtu.be]

The Relationship among pH, pOH, and pK,,

The pH scale is a concise way of describing the H30* concentration and hence the acidity or basicity of a solution. Recall that pH
and the H* (H3;0%) concentration are related as follows:

pH = —log;o[HY] (3.5.10)
[H]=10"PH (8.5.11)

Because the scale is logarithmic, a pH difference of 1 between two solutions corresponds to a difference of a factor of 10 in their
hydronium ion concentrations. Recall also that the pH of a neutral solution is 7.00 ([H30*] = 1.0 x 10~7 M), whereas acidic
solutions have pH < 7.00 (corresponding to [H30*] > 1.0 x 10~7) and basic solutions have pH > 7.00 (corresponding to [H30%]
<1.0x1077).

Similar notation systems are used to describe many other chemical quantities that contain a large negative exponent. For example,
chemists use an analogous pOH scale to describe the hydroxide ion concentration of a solution. The pOH and [OH ] are related as

follows:
pOH = —log,)[OH ] (3.5.12)
[OH™] =10770H (3.5.13)
The constant K, can also be expressed using this notation, where pK,, = —log K.

Because a neutral solution has [0H~] = 1.0 x 10~7, the pOH of a neutral solution is 7.00. Consequently, the sum of the pH and the
pOH for a neutral solution at 25 °C is 7.00 + 7.00 = 14.00. We can show that the sum of pH and pOH is equal to 14.00 for any
aqueous solution at 25 °C by taking the negative logarithm of both sides of Equation ???:

—log,y Ky = pK,y (3.5.14)
= —log([H;0*|[0H")) (3.5.15)
= (—log[H30%]) + (—log[OH ™)) (3.5.16)
= pH + pOH (3.5.17)

Thus at any temperature, pH + pOH = pK,, so at 25 °C, where K,, = 1.0 x 1074, pH + pOH = 14.00. More generally, the pH of any
neutral solution is half of the pK,, at that temperature. The relationship among pH, pOH, and the acidity or basicity of a solution is

summarized graphically in Figure 3.5.1 over the common pH range of 0 to 14. Notice the inverse relationship between the pH and
pOH scales.
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Figure 3.5.1: The Inverse Relationship between the pH and pOH Scales. As pH decreases, [H*] and the acidity increase. As pOH
increases, [OH~] and the basicity decrease. Common substances have pH values that range from extremely acidic to extremely
basic.

Zero is the most acidic and fourteen is the most basic on the pH scale. Zero is the most basic and fourteen is the most acidic on the
pOH scale.

I For any neutral solution, pH + pOH = 14.00 (at 25 °C) with pH=pOH=7.

A Video Introduction to pH: [youtu.be]

v/ Example 3.5.1

The K,, for water at 100 °C is 4.99 x 1073, Calculate pK,, for water at this temperature and the pH and the pOH for a neutral
aqueous solution at 100 °C. Report pH and pOH values to two decimal places.

Given: K,
Asked for: pK,, pH, and pOH
Strategy:

A. Calculate pK,, by taking the negative logarithm of K.
B. For a neutral aqueous solution, [H30%] = [OH ~]. Use this relationship and Equation 3.5.9 to calculate [H30"] and [OH].
Then determine the pH and the pOH for the solution.
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Solution:
A
Because pK,, is the negative logarithm of Kw, we can write
pKy, = —log Ky, = —log(4.99 x 10713) = 12.302
The answer is reasonable: K, is between 1073 and 1072, so pK,, must be between 12 and 13.
B
Equation ??? shows that K, = [H30"][OH~]. Because [H3O%] = [OH ] in a neutral solution, we can let ¢ = [H30"] = [OH]:
K, = [H;0"|[OH]
= (z)(z) = o*
o= VKy
= /499 x 1075

=17.06x 107" M
Because z is equal to both [H30"] and [OH ],

pH = pOH = —1og(7.06 x 107)
= 6.15 (to two decimal places)

We could obtain the same answer more easily (without using logarithms) by using the pK,,. In this case, we know that pK,,
= 12.302, and from Equation 3.5.17, we know that pK,, = pH + pOH. Because pH = pOH in a neutral solution, we can use
Equation 3.5.17 directly, setting pH = pOH = y. Solving to two decimal places we obtain the following:

pK,, = pH + pOH

=y+y
=) 2y
_pky
2
12.302
T2
= 6.15 = pH = pOH

? Exercise 3.5.1

Humans maintain an internal temperature of about 37 °C. At this temperature, K,, = 3.55 x 1074, Calculate pK,, and the pH
and the pOH of a neutral solution at 37 °C. Report pH and pOH values to two decimal places.

Answer
o pK,=1345
e pH =pOH =6.73

Summary

Water is amphiprotic: it can act as an acid by donating a proton to a base to form the hydroxide ion, or as a base by accepting a
proton from an acid to form the hydronium ion (H30%). The autoionization of liquid water produces OH~ and H3O" ions. The
equilibrium constant for this reaction is called the ion-product constant of liquid water (Kw) and is defined as K,, = [HsO*][OH].
At 25 °C, K is 1.01 x 10~'4; hence pH + pOH = pK,, = 14.00.

o For any neutral solution, pH + pOH = 14.00 (at 25 °C) and pH = 1/2pK,,.
o Ion-product constant of liquid water:

K., = [H;0%][0H]
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o Definition of pH:
pH = —log 10[H "]
or
[H*] = 10777
o Definition of pOH:
pOH = —log;o[OH*]
or
[OH™] = 10770H

¢ Relationship among pH, pOH, and pK,,:

pK, =pH + pOH

3.5: Autoionization of Water and pH is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

¢ 16.3: The Autoionization of Water is licensed CC BY-NC-SA 3.0.
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3.7: Acid Strength and Molecular Structure

4b Learning Objectives

e To understand how molecular structure affects the strength of an acid or base.

We have seen that the strengths of acids and bases vary over many orders of magnitude. In this section, we explore some of the
structural and electronic factors that control the acidity or basicity of a molecule.

Bond Strengths

In general, the stronger the A—H or B—H"* bond, the less likely the bond is to break to form H* ions and thus the less acidic the
substance. This effect can be illustrated using the hydrogen halides:

Relative Acid Strength HF HCl HBr HI
H-X Bond Energy 570 432 366 298
(kJ/mol)
pKa 3.20 -6.1 -89 -93

The trend in bond energies is due to a steady decrease in overlap between the 1s orbital of hydrogen and the valence orbital of the
halogen atom as the size of the halogen increases. The larger the atom to which H is bonded, the weaker the bond. Thus the bond
between H and a large atom in a given family, such as I or Te, is weaker than the bond between H and a smaller atom in the same
family, such as F or O. As a result, acid strengths of binary hydrides increase as we go down a column of the periodic table. For
example, the order of acidity for the binary hydrides of Group 16 elements is as follows, with pK, values in parentheses:

H,0(14.00 = pK,) < H,S(7.05) < H,Se(3.89) < HyTe(2.6) (3.7.1)

Stability of the Conjugate Base

Whether we write an acid-base reaction as AH == A~ + H* or as BH* & B+ H™, the conjugate base (A~ or B) contains one more
lone pair of electrons than the parent acid (AH or BH*). Any factor that stabilizes the lone pair on the conjugate base favors
dissociation of A+ and makes the parent acid a stronger acid. Let’s see how this explains the relative acidity of the binary hydrides
of the elements in the second row of the periodic table. The observed order of increasing acidity is the following, with pKa values
in parentheses:

CH,( 50) < NHs( 36) < H,0(14.00) < HF(3.20) (3.7.2)

Consider, for example, the compounds at both ends of this series: methane and hydrogen fluoride. The conjugate base of CHy is
CHj;, and the conjugate base of HF is F~. Because fluorine is much more electronegative than carbon, fluorine can better stabilize
the negative charge in the F~ ion than carbon can stabilize the negative charge in the CH3- ion. Consequently, HF has a greater
tendency to dissociate to form H+ and F~ than does methane to form H+ and CH; , making HF a much stronger acid than CHj,.

The same trend is predicted by analyzing the properties of the conjugate acids. For a series of compounds of the general formula
HE, as the electronegativity of E increases, the E-H bond becomes more polar, favoring dissociation to form E~ and H*. Due to
both the increasing stability of the conjugate base and the increasing polarization of the E-H bond in the conjugate acid, acid
strengths of binary hydrides increase as we go from left to right across a row of the periodic table.

I Acid strengths of binary hydrides increase as we go down a column or from left to right across a row of the periodic table.

X the strongest acid Known: The hydrohelium Cation

The stornger acid, the weaker the covalent bond to a hydrogen atom. So the strongest acid possible is the molecule with the
weakest bond. That is the hydrohelium (1+) cation, HeH*, which is a positively charged ion formed by the reaction of a proton
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with a helium atom in the gas phase. It was first produced in the laboratory in 1925 and is isoelectronic with molecular
hydrogen (\ce{H2}}). It is the strongest known acid, with a proton affinity of 177.8 kJ/mol.

Ball and stick model of the hydrohelium ion. (CC BY-SA 3.0; CCoil).

HeH™* cannot be prepared in a condensed phase, as it would protonate any anion, molecule or atom with which it were
associated. However it is possible to estimate a hypothetical aqueous acidity using Hess's law:

HHe'(g) - H'(g) + He(g) +178 kJ/mol

HHe*(aq) - HHe*(g) +973 kJ/mol
H'(g) - H(aq) -1530 kJ/mol
He(g) - He(aq) +19 kJ/mol

HHe*(aq) - H*(aq) + He(aq) -360 kJ/mol

A free energy change of dissociation of —360 kJ/mol is equivalent to a pKj, of —63.

It has been suggested that HeH* should occur naturally in the interstellar medium, but it has not yet been detected.

Inductive Effects

Atoms or groups of atoms in a molecule other than those to which H is bonded can induce a change in the distribution of electrons
within the molecule. This is called an inductive effect, and, much like the coordination of water to a metal ion, it can have a major
effect on the acidity or basicity of the molecule. For example, the hypohalous acids (general formula HOX, with X representing a
halogen) all have a hydrogen atom bonded to an oxygen atom. In aqueous solution, they all produce the following equilibrium:

HOX (o) = H{,) + 0X~(aq) (3.7.3)

The acidities of these acids vary by about three orders of magnitude, however, due to the difference in electronegativity of the
halogen atoms:

HOX Electronegativity of X pKa
HOCI 3.0 7.40
HOBr 2.8 8.55

HOI 2.5 10.5

As the electronegativity of X increases, the distribution of electron density within the molecule changes: the electrons are drawn
more strongly toward the halogen atom and, in turn, away from the H in the O-H bond, thus weakening the O-H bond and
allowing dissociation of hydrogen as H+.

The acidity of oxoacids, with the general formula HOXO,, (with » = 0-3), depends strongly on the number of terminal oxygen
atoms attached to the central atom X. As shown in Figure 3.7.1, the K, values of the oxoacids of chlorine increase by a factor of
about 10 to 108 with each oxygen as successive oxygen atoms are added. The increase in acid strength with increasing number of
terminal oxygen atoms is due to both an inductive effect and increased stabilization of the conjugate base.
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Any inductive effect that withdraws electron density from an O-H bond increases the
acidity of the compound.

Because oxygen is the second most electronegative element, adding terminal oxygen atoms causes electrons to be drawn away
from the O—H bond, making it weaker and thereby increasing the strength of the acid. The colors in Figure 3.7.1 show how the
electrostatic potential, a measure of the strength of the interaction of a point charge at any place on the surface of the molecule,
changes as the number of terminal oxygen atoms increases. In Figure 3.7.1 and Figure 3.7.2, blue corresponds to low electron
densities, while red corresponds to high electron densities. The oxygen atom in the O-H unit becomes steadily less red from HCIO
to HCIO, (also written as HOCIlOj3, while the H atom becomes steadily bluer, indicating that the electron density on the O—H unit
decreases as the number of terminal oxygen atoms increases. The decrease in electron density in the O—H bond weakens it, making
it easier to lose hydrogen as H* ions, thereby increasing the strength of the acid.

HOCI (pk, = 7.40) HOCIO (pk, = 1.96)
HOCIO, (pk, = —2.0) HOCIO (pf; = —73 to —8)

~ I =
Figure 3.7.1: The Relationship between the Acid Strengths of the Oxoacids of Chlorine and the Electron Density on the O—H Unit.
These electrostatic potential maps show how the electron density on the O—H unit decreases as the number of terminal oxygen
atoms increases. Blue corresponds to low electron densities, whereas red corresponds to high electron densities. Source: Chlorine
oxoacids pKa values from J. R. Bowser, Inorganic Chemistry (Pacific Grove, CA: Brooks-Cole,1993).
At least as important, however, is the effect of delocalization of the negative charge in the conjugate base. As shown in Figure 3.7.2,
the number of resonance structures that can be written for the oxoanions of chlorine increases as the number of terminal oxygen
atoms increases, allowing the single negative charge to be delocalized over successively more oxygen atoms.

I Electron delocalization in the conjugate base increases acid strength.

The electrostatic potential plots in Figure 3.7.2 demonstrate that the electron density on the terminal oxygen atoms decreases
steadily as their number increases. The oxygen atom in ClO- is red, indicating that it is electron rich, and the color of oxygen
progressively changes to green in €10, indicating that the oxygen atoms are becoming steadily less electron rich through the
series. For example, in the perchlorate ion (CIOy), the single negative charge is delocalized over all four oxygen atoms, whereas in
the hypochlorite ion (OCI™), the negative charge is largely localized on a single oxygen atom (Figure 3.7.2). As a result, the
perchlorate ion has no localized negative charge to which a proton can bind. Consequently, the perchlorate anion has a much lower

affinity for a proton than does the hypochlorite ion, and perchloric acid is one of the strongest acids known.
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As the number of terminal oxygen atoms increases, the number of resonance structures that can be written for the oxoanions of
chlorine also increases, and the single negative charge is delocalized over more oxygen atoms. As these electrostatic potential plots
demonstrate, the electron density on the terminal oxygen atoms decreases steadily as their number increases. As the electron
density on the oxygen atoms decreases, so does their affinity for a proton, making the anion less basic. As a result, the parent
oxoacid is more acidic.

Similar inductive effects are also responsible for the trend in the acidities of oxoacids that have the same number of oxygen atoms
as we go across a row of the periodic table from left to right. For example, H3 PO, is a weak acid, H3S50, is a strong acid, and
HCIO, is one of the strongest acids known. The number of terminal oxygen atoms increases steadily across the row, consistent with
the observed increase in acidity. In addition, the electronegativity of the central atom increases steadily from P to S to Cl, which
causes electrons to be drawn from oxygen to the central atom, weakening the O—H bond and increasing the strength of the oxoacid.

phosphorous acid phosphoric acid
(H3PO3) (H3PCy)

Careful inspection of the data in Table 3.7.1 shows two apparent anomalies: carbonic acid and phosphorous acid. If carbonic acid
(H2COs3) were a discrete molecule with the structure (HO),C=O0, it would have a single terminal oxygen atom and should be
comparable in acid strength to phosphoric acid (H3PQy), for which pKal = 2.16. Instead, the tabulated value of pKj,; for carbonic
acid is 6.35, making it about 10,000 times weaker than expected. As we shall see, however, H,COj is only a minor component of
the aqueous solutions of CO that are referred to as carbonic acid. Similarly, if phosphorous acid (H3POs) actually had the structure
(HO)3P, it would have no terminal oxygen atoms attached to phosphorous. It would therefore be expected to be about as strong an
acid as HOC! (pKa = 7.40). In fact, the pK,; for phosphorous acid is 1.30, and the structure of phosphorous acid is (HO)oP(=0)H
with one H atom directly bonded to P and one P=0 bond. Thus the pKal for phosphorous acid is similar to that of other oxoacids
with one terminal oxygen atom, such as H3PO,. Fortunately, phosphorous acid is the only common oxoacid in which a hydrogen

atom is bonded to the central atom rather than oxygen.
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Table 3.7.1: Values of pKa for Selected Polyprotic Acids and Bases

Polyprotic Acids Formula PKa pKao pK3
carbonic acid* “H,CO3” 6.35 10.33

citric acid HO.OH 3.13 476 6.40

—2C(OH)(CO,H)CH,CO,H

malonic acid HO —2CCH3CO.H 2.85 5.70
oxalic acid HO,CCO,H 1.25 3.81

phosphoric acid H3PO, 2.16 7.21 12.32
phosphorous acid H3PO, 1.3 6.70
succinic acid HO,CCH,CH>COsH 4.21 5.64
sulfuric acid H,;S0, -2.0 1.99
sulfurous acid* “H505” 1.85 7.21
Polyprotic Bases Formula pKy Ko
ethylenediamine H,N(CH;)2NH, 4.08 7.14
piperazine HN(CH,CH,);NH 4.27 8.67
propylenediamine H,;N(CH3)3sNH, 3.45 5.12

*HyCO3 and H,SOj; are at best minor components of aqueous solutions of COyg) and SOy, respectively, but such solutions are
commonly referred to as containing carbonic acid and sulfurous acid, respectively.

Inductive effects are also observed in organic molecules that contain electronegative substituents. The magnitude of the electron-
withdrawing effect depends on both the nature and the number of halogen substituents, as shown by the pKa values for several
acetic acid derivatives:

pK,CH3C02,H4.76 < CHCICO2,H2.87 < CHCI3,CO2H1.35 < CCIl3CO2H0.66 < CF3C0O2H0.52

As you might expect, fluorine, which is more electronegative than chlorine, causes a larger effect than chlorine, and the effect of
three halogens is greater than the effect of two or one. Notice from these data that inductive effects can be quite large. For instance,
replacing the —CHj group of acetic acid by a —CF; group results in about a 10,000-fold increase in acidity!

v Example 3.7.1

Arrange the compounds of each series in order of increasing acid or base strength.

a. sulfuric acid [H2SO04, or (HO)250,], fluorosulfonic acid (FSOsH, or FSO,OH), and sulfurous acid [H2SOs, or (HO)2S0]
b. ammonia (N H3), trifluoramine (¥ F3), and hydroxylamine (NH,OH)

The structures are shown here.
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sulfurous acid trifluoramine sulfuric acid

(H,503) (NF) (H,50,)
J
% " ]
& i )
. ) )
hydroxylamine fluorosulfonic acid ammonia
(NH,0H) (FSO3H) (NH;)

Given: series of compounds
Asked for: relative acid or base strengths
Strategy:

Use relative bond strengths, the stability of the conjugate base, and inductive effects to arrange the compounds in order of
increasing tendency to ionize in aqueous solution.

Solution:

Although both sulfuric acid and sulfurous acid have two —OH groups, the sulfur atom in sulfuric acid is bonded to two terminal
oxygen atoms versus one in sulfurous acid. Because oxygen is highly electronegative, sulfuric acid is the stronger acid because
the negative charge on the anion is stabilized by the additional oxygen atom. In comparing sulfuric acid and fluorosulfonic
acid, we note that fluorine is more electronegative than oxygen. Thus replacing an —OH by —F will remove more electron
density from the central S atom, which will, in turn, remove electron density from the S—OH bond and the O—H bond. Because
its O-H bond is weaker, FSOsH is a stronger acid than sulfuric acid. The predicted order of acid strengths given here is
confirmed by the measured pKa values for these acids:

pKaH,5031.85 < HgSOZ2 < FSO3H — 10

The structures of both trifluoramine and hydroxylamine are similar to that of ammonia. In trifluoramine, all of the hydrogen
atoms in NH3 are replaced by fluorine atoms, whereas in hydroxylamine, one hydrogen atom is replaced by OH. Replacing the
three hydrogen atoms by fluorine will withdraw electron density from N, making the lone electron pair on N less available to
bond to an H* ion. Thus NF; is predicted to be a much weaker base than NHj. Similarly, because oxygen is more
electronegative than hydrogen, replacing one hydrogen atom in NH3 by OH will make the amine less basic. Because oxygen is
less electronegative than fluorine and only one hydrogen atom is replaced, however, the effect will be smaller. The predicted
order of increasing base strength shown here is confirmed by the measured pK; values:

pKyNF3— << NH,OHB8.06 < NH34.75

Trifluoramine is such a weak base that it does not react with aqueous solutions of strong acids. Hence its base ionization
constant has never been measured.

? Exercise 3.7.1

Arrange the compounds of each series in order of

a. decreasing acid strength: HsPO4, CH3 POsHj, and HCIOs.
b. increasing base strength: CH3S~, OH—, and CF3S~.

Answer a
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HCIO—3 > CH3PO3H, > H3PO,
Answer a

CF3S~ <CH3S~ <OH~

Summary

Inductive effects and charge delocalization significantly influence the acidity or basicity of a compound. The acid-base strength of
a molecule depends strongly on its structure. The weaker the A—H or B-H+ bond, the more likely it is to dissociate to form an H*
ion. In addition, any factor that stabilizes the lone pair on the conjugate base favors the dissociation of H*, making the conjugate
acid a stronger acid. Atoms or groups of atoms elsewhere in a molecule can also be important in determining acid or base strength
through an inductive effect, which can weaken an O—H bond and allow hydrogen to be more easily lost as H™ ions.
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3.8: Lewis Acids and Bases

4) Learning Objectives

Make sure you thoroughly understand the following essential ideas which have been presented above. It is especially important
that you know the precise meanings of all the highlighted terms in the context of this topic.

o Write the equation for the proton transfer reaction involving a Brgnsted-Lowry acid or base, and show how it can be
interpreted as an electron-pair transfer reaction, clearly identifying the donor and acceptor.

e Give an example of a Lewis acid-base reaction that does not involve protons.

e Write equations illustrating the behavior of a given non-aqueous acid-base system.

The Brgnsted-Lowry proton donor-acceptor concept has been one of the most successful theories of Chemistry. But as with any
such theory, it is fair to ask if this is not just a special case of a more general theory that could encompass an even broader range of
chemical science. In 1916, G.N. Lewis of the University of California proposed that the electron pair is the dominant actor in acid-
base chemistry. The Lewis theory did not become very well known until about 1923 (the same year that Brgnsted and Lowry
published their work), but since then it has been recognized as a very powerful tool for describing chemical reactions of widely
different kinds and is widely used in organic and inorganic chemistry. According to Lewis,

e An acid is a substance that accepts a pair of electrons, and in doing so, forms a covalent bond with the entity that supplies the
electrons.
e A base is a substance that donates an unshared pair of electrons to a recipient species with which the electrons can be shared.

In modern chemistry, electron donors are often referred to as nucleophiles, while
acceptors are electrophiles.

Proton-Transfer Reactions Involve Electron-Pair Transfer

Just as any Arrhenius acid is also a Brgnsted acid, any Brensted acid is also a Lewis acid, so the various acid-base concepts are all
"upward compatible". Although we do not really need to think about electron-pair transfers when we deal with ordinary aqueous-
solution acid-base reactions, it is important to understand that it is the opportunity for electron-pair sharing that enables proton
transfer to take place.

acid base conj. acid conj. base

This equation for a simple acid-base neutralization shows how the Brgnsted and Lewis definitions are really just different views of
the same process. Take special note of the following points:

e The arrow shows the movement of a proton from the hydronium ion to the hydroxide ion.

o Note carefully that the electron-pairs themselves do not move; they remain attached to their central atoms. The electron pair on
the base is "donated" to the acceptor (the proton) only in the sense that it ends up being shared with the acceptor, rather than
being the exclusive property of the oxygen atom in the hydroxide ion.

o Although the hydronium ion is the nominal Lewis acid here, it does not itself accept an electron pair, but acts merely as the
source of the proton that coordinates with the Lewis base.

The point about the electron-pair remaining on the donor species is especially important to bear in mind. For one thing, it
distinguishes a Lewis acid-base reaction from an oxidation-reduction reaction, in which a physical transfer of one or more
electrons from donor to acceptor does occur. The product of a Lewis acid-base reaction is known formally as an "adduct" or
"complex", although we do not ordinarily use these terms for simple proton-transfer reactions such as the one in the above
example. Here, the proton combines with the hydroxide ion to form the "adduct" H,O. The following examples illustrate these
points for some other proton-transfer reactions that you should already be familiar with.
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acid base conj. acid conj. base/adduct

Another example, showing the autoprotolysis of water. Note that the conjugate base is also the adduct.

W, He .o
HINS + 302 ==—% H:N:H + 208
H H L 1]

base acid adduct

Ammonia is both a Brgnsted and a Lewis base, owing to the unshared electron pair on the nitrogen. The reverse of this reaction
represents the hydrolysis of the ammonium ion.

H
t!:! (1] G) a8 (1] @
:0¢ + fFf<*—=— HiF: + :0%
*9 Ll L L
\H/’ I'Iu.oride hydror_luoric
ion acid
acid base conj. acid cenj. base

Because HF is a weak acid, fluoride salts behave as bases in aqueous solution. As a Lewis base, F~ accepts a proton from water,
which is transformed into a hydroxide ion.

o © 0
H-0-$-0: + 20 =—= H-0-5-0:H + fOfH

. oo
bisulfite ion \/ @ sulfurous acid

base acid conj. acid conj. base
o & H 0@ H®
(H+0-5-0¢ 10! =—% 0-S-0 + H0O¢
H sulfite ion T_?

bisulfite ion
acid base conj. base cenj. acid

The bisulfite ion is amphiprotic and can act as an electron donor or acceptor.

Acid-base Reactions without Transferring Protons

The major utility of the Lewis definition is that it extends the concept of acids and bases beyond the realm of proton transfer
reactions. The classic example is the reaction of boron trifluoride with ammonia to form an adduct:

BFs + NH; — F3B—NHj (3.8.1)

One of the most commonly-encountered kinds of Lewis acid-base reactions occurs when electron-donating ligands form
coordination complexes with transition-metal ions.

St

tin{(IV) chioride chloride fon tin(Iv) lon

acid base complex ion {(adduct)

Figure 3.8.1: The tin atom in SnCl4 can expand its valence shell by utilizing a pair of d-orbitals, changing its hybridization from sp?
to sp3d2.

? Exercise 3.8.1

Here are several more examples of Lewis acid-base reactions that cannet be accommodated within the Bragnsted or Arrhenius
models. Identify the Lewis acid and Lewis base in each reaction.
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a. AI(OH)g +OH — AI(OH)4_

b. SnS, + S o Sn832_

c. Cd(CN); + 2CN- — Cd(CN) 2+
d. AgCl+2NH; — Ag(NH3)2+ +Cl~
e.Fe?* + NO — Fe(NO)?+

f. Ni** + 6 NH; — Ni(NH;3)52+

Although organic chemistry is beyond the scope of these lessons, it is instructive to see how electron donors and acceptors play a
role in chemical reactions. The following two diagrams show the mechanisms of two common types of reactions initiated by simple
inorganic Lewis acids:

CHz CHz CIe CHs Cl

| [ s K]
1 CH3—<|3—CI + OAICl; = CHg—(IZ—CI—AII—CI == CH:—C® + cl—;l\l—cl
CHz CHz Cl CHz cl
Lewis Lewis Leniis Lewis
Base Acid Complex acid Base
HaC, HiC @ B HiC @ Br o
2 {o + BBrz —=——= fOfl?*Br _— fO—E\‘ + Br
HalC HzC  gr HzC Br
Lewis  Lewis Lewis Lewis
. C |
Base Acid mmplE Acid Base

In each case, the species labeled "Complex" is an intermediate that decomposes into the products, which are conjugates of the
original acid and base pairs. The electric charges indicated in the complexes are formal charges, but those in the products are "real".

In reaction 1, the incomplete octet of the aluminum atom in AICl; serves as a better electron acceptor to the chlorine atom than does
the isobutyl part of the base. In reaction 2, the pair of non-bonding electrons on the dimethyl ether coordinates with the electron-
deficient boron atom, leading to a complex that breaks down by releasing a bromide ion.

Non-aqueous Protonic Acid-Base Systems

We ordinarily think of Brgnsted-Lowry acid-base reactions as taking place in aqueous solutions, but this need not always be the
case. A more general view encompasses a variety of acid-base solvent systems, of which the water system is only one (Table 3.8.1).
Each of these has as its basis an amphiprotic solvent (one capable of undergoing autoprotolysis), in parallel with the familiar case
of water.

The ammonia system is one of the most common non-aqueous system in Chemistry. Liquid ammonia boils at —33° C, and can
conveniently be maintained as a liquid by cooling with dry ice (-77° C). It is a good solvent for substances that also dissolve in
water, such as ionic salts and organic compounds since it is capable of forming hydrogen bonds. However, many other familiar
substances can also serve as the basis of protonic solvent systems as Table 3.8.1 indicates:

Table 3.8.1: Popular Solvent systems

solvent autoprotolysis reaction PKap
water 2 H,0 - H;0* + OH~ 14
ammonia 2 NH3 —» NH," + NH,~ 33

2 CH3COOH - CH3COOH," +

acetic acid CH5COO~ 13
ethanol 2 C,H;0OH - C,Hs;OH," + C,H;0~ 19
hydrogen peroxide 2 HO-OH - HO-OH," + HO-O~ 13
hydrofluoric acid 2HF - HyF' + F~ 10
sulfuric acid 2 H,SO4 -~ H3SO4" + HSO4- 3.5
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One use of nonaqueous acid-base systems is to examine the relative strengths of the strong acids and bases, whose strengths are
"leveled" by the fact that they are all totally converted into H3O" or OH™ ions in water. By studying them in appropriate non-
aqueous solvents which are poorer acceptors or donors of protons, their relative strengths can be determined.

perchioric acid  HCIOy, CI04- perchlorate
> -
o sulfuric acid  Hy504 I HSO0, bisulfate
c mydrochlaric acid HCl Cl ™~ chlorice
e
a
@ -
% nitric acid  HNOg~——| NO;  nitrate
>

Figure 3.8.2: Use of non-aqueous solvents allows the study of strong acids that are hindered by the "leveling" of the solvent.

3.8: Lewis Acids and Bases is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

o 10.5: Lewis Acids and Bases by Stephen Lower is licensed CC BY 3.0. Original source:
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4.1: Polyprotic Acids

4b Learning Objectives

o Extend previously introduced equilibrium concepts to acids and bases that may donate or accept more than one proton
We can classify acids by the number of protons per molecule that they can give up in a reaction. Acids such as HCl, HNOj, and
HCN that contain one ionizable hydrogen atom in each molecule are called monoprotic acids. Their reactions with water are:
HCl(ag) + H20(l) — H30% (ag) + Cl (agq)
HNO;3(ag) + H,0(!) — H30™ (ag) + NO3 ™ (ag)
HCN(ag) + H,O(l) — H307"(ag) + CN~(ag)

Even though it contains four hydrogen atoms, acetic acid, CH3CO.H, is also monoprotic because only the hydrogen atom from the
carboxyl group (—COOH) reacts with bases:

H O H O
H—Cl—g—O—H + HO0 =———= HO" + H—é—g—o

H H

CH,COOH(aq) +  HO() == HO'aq + CH,CO0(aqg)

This image contains two equilibrium reactions. The first shows a C atom bonded to three H atoms and another C atom. The second
C atom is double bonded to an O atom and also forms a single bond to another O atom. The second O atom is bonded to an H atom.
There is a plus sign and then the molecular formula H subscript 2 O. An equilibrium arrow follows the H subscript 2 O. To the right
of the arrow is H subscript 3 O superscript positive sign. There is a plus sign. The final structure shows a C atom bonded the three
H atoms and another C atom. This second C atom is double bonded to an O atom and single bonded to another O atom. The entire
structure is in brackets and a superscript negative sign appears outside the brackets. The second reaction shows C H subscript 3 C O
O H (aq) plus H subscript 2 O (1) equilibrium arrow H subscript 3 O (a q ) plus C H subscript 3 C O O superscript negative sign
(aq).

Similarly, monoprotic bases are bases that will accept a single proton.

Diprotic Acids

Diprotic acids contain two ionizable hydrogen atoms per molecule; ionization of such acids occurs in two steps. The first ionization
always takes place to a greater extent than the second ionization. For example, sulfuric acid, a strong acid, ionizes as follows:

o The first ionization is

H,S04(aq) + H20(1) = H307(aq) + HSO4 ™ (aq)
with K,; > 10?; complete dissociation.
o The second ionization is

HS0,4 (ag) + HO(l) = H307 (ag) + 5042 (aq)
with Ka2 = 1.2 x 1072,

This stepwise ionization process occurs for all polyprotic acids. When we make a solution of a weak diprotic acid, we get a solution
that contains a mixture of acids. Carbonic acid, HyCO3, is an example of a weak diprotic acid. The first ionization of carbonic acid
yields hydronium ions and bicarbonate ions in small amounts.

o First Ionization
H,CO3(ag) + H20(1) = H30%(ag) + HCO3™ (aq)

with
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[H30+][HCO3-]

=43x1077
[H2003] X

Kn,c05 =

The bicarbonate ion can also act as an acid. It ionizes and forms hydronium ions and carbonate ions in even smaller quantities.
o Second Ionization

HCO;3™ (aq) + HoO(l) = H3O0 (aq) + CO32_(aq)
with

_ [H30+][C03*—]

Kyco,- = =47x1071
HCOs [HCO3—] Tx10

Ku,co, is larger than Kyuco,- by a factor of 104, so H,COj is the dominant producer of hydronium ion in the solution. This means
that little of the HCO3~ formed by the ionization of H,CO3 ionizes to give hydronium ions (and carbonate ions), and the
concentrations of H3O" and HCO;~ are practically equal in a pure aqueous solution of HyCOs.

If the first ionization constant of a weak diprotic acid is larger than the second by a factor of at least 20, it is appropriate to treat the
first ionization separately and calculate concentrations resulting from it before calculating concentrations of species resulting from
subsequent ionization. This can simplify our work considerably because we can determine the concentration of H3O" and the
conjugate base from the first ionization, then determine the concentration of the conjugate base of the second ionization in a
solution with concentrations determined by the first ionization.

v Example 4.1.1: lonization of a Diprotic Acid

When we buy soda water (carbonated water), we are buying a solution of carbon dioxide in water. The solution is acidic
because CO, reacts with water to form carbonic acid, HyCO3. What are [H30%], [HCO3~ ], and [CO32" ] in a saturated solution
of CO; with an initial [HoCO3] = 0.033 M?

H,CO03(aq) + H20(l) = H30%(ag) + HCO3 (ag) K (equilibrium step 1)
=43x1077

HCO3™ (ag) + HoO(l) = H30% (aq) + COs* (ag) Ko (equilibrium step 2)
=47x107"

Solution
As indicated by the ionization constants, H,CO5 is a much stronger acid than HCO3~, so HoCOj is the dominant producer of
hydronium ion in solution. Thus there are two parts in the solution of this problem:

1. Using the customary four steps, we determine the concentration of H;O* and HCO3~ produced by ionization of H,COs.
2. Then we determine the concentration of CO42%~ in a solution with the concentration of H;0* and HCO3;~ determined in (1).

To summarize:

[H2CO3] [H30"] and [HCO3] [CO5% ] from
from H,CO3 HCO5;~

Four tan rectangles are shown that are connected with right pointing arrows. The first is labeled “left bracket H subscript 2 C O
subscript 3 right bracket.” The second is labeled “left bracket H subscript 3 O superscript plus right bracket and left bracket H
C O subscript 3 superscript negative right bracket from H subscript 2 C O subscript 3.” The third is labeled “left bracket C O
subscript 3 superscript 2 negative right bracket from H C O subscript 3 superscript negative.”

1. First Ionization: Determine the concentrations of H30™ and HCO3 .

Since equilibrium step 1 is has a much bigger K,; =4.3 x 1077 than K,, = 4.7 x 107! for equilibrium step 2, we can safely
ignore the second ionization step and focus only on the first step (but address it in next part of problem).

H,CO03(aq) + H0()) = H30% (ag) + HCO3 (ag) Ka = 4.3 x 1077

@ https://chem.libretexts.org/@go/page/207268


https://libretexts.org/
https://chem.libretexts.org/@go/page/207268?pdf

LibreTexts"

As for the ionization of any other weak acid:

Determine the Determine x and Solve for x and Check the math.
direction of the equilibrium the equilibrium
change. concenfrations. concentrations.

Four tan rectangles are shown that are connected with right pointing arrows. The first is labeled “Determine the direction of
change.” The second is labeled “Determine x and the equilibrium concentrations.” The third is labeled “Solve for x and the
equilibrium concentrations.” The fourth is labeled “Check the math.”

An abbreviated table of changes and concentrations shows:

Abbreviated table of changes and concentrations

ICE Table H,CO;3(aq) H,0(l) H;50%(ag) HCO; (aq)

Initial (M) 0.033 M - 0 0

Change (M) —x - +z +z
Equilibrium (M) 0.033M —z - T z

Substituting the equilibrium concentrations into the equilibrium constant gives us:

[H3O+][HCO3—]  (z)(z)

_ —7
[@2003]  _ 0033—g _ 3x10

Kn,co, =

Solving the preceding equation making our standard assumptions gives:
z=12x10"*
Thus:
[H,CO3] = 0.033 M
[H30%] = [HCO;~ | =12x10* M
2. Second Ionization: Determine the concentration of CO3~ in a solution at equilibrium.

Since the equilibrium step 1 is has a much bigger K, than equilibrium step 2, we can the equilibrium conditions calculated from
first part of example as the initial conditions for an ICER Table for the equilibrium step 2:

HCO;™ (ag) + H20(l) = H30" (ag) + CO32 (ag)

ICER Table for the equilibrium step 2:

ICE Table HCO3 (aqg) H,0(l) H307"(agq) CO3%(ag)
Initial (M) 12x 10~ M - 12x107* M 0
Change (M) —y = +y +y
Equilibrium (M) 12x104*M—y - 12x107* M+y y
Kacos = [H30+][C032—]
[HCO3—]

_ (12x10* M +y)(y)
(1.2x 1074 M —y)

To avoid solving a quadratic equation, we can assume y « 1.2 x 107 M so
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(1.2 x 107 M)(y)

Krco,- =4.7x 107
HO0s (1.2 x 10~ M)
Rearranging to solve for y

_ (47x107M)(1.2 x 107 M)
v 12x1074 M

[CO3%> | =y~ 4.7x 1071
To summarize:

In part 1 of this example, we found that the H,COj in a 0.033-M solution ionizes slightly and at equilibrium [H2CO3] = 0.033
M, [H30%] = 1.2 x 1074, and [HCO3;~ ] = 1.2 x 10~* M. In part 2, we determined that [CO3%" ] = 5.6 x 107! M.

? Exercise 4.1.2: Hydrogen Sulfide

The concentration of H2S in a saturated aqueous solution at room temperature is approximately 0.1 M. Calculate [H3O%], [HS],
and [S2-] in the solution:

H,S(aq) + HoO(l) = H30% (aq) + HS (ag) K =8.9 x 1078
HS™ (ag) + HyO(l) = H30% (ag) +S* (aq) K.z =1.0x 10719
Answer
[H.S] = 0.1M, [H30] = [HS~] = 0.0001 M, [S* | =1x 1071 M

We note that the concentration of the sulfide ion is the same as Kg,. This is due to the fact that each subsequent dissociation
occurs to a lesser degree (as acid gets weaker).

Triprotic Acids
A triprotic acid is an acid that has three dissociable protons that undergo stepwise ionization: Phosphoric acid is a typical example:
o The first ionization is

H3POy(ag) + Hy0(l) = H30"(ag) + HyPO4 ™ (aq)
with Ky = 7.5 x 1072,
e The second ionization is

H,PO4 "~ (aq) + HoO(l) = H30% (aq) + HPO4* (aq)
with K, = 6.2 x 1078,
o The third ionization is

HPO,%* (ag) + H20() = H30" (ag) + PO (aq)
with Kas = 4.2 x 10713,

As with the diprotic acids, the differences in the ionization constants of these reactions tell us that in each successive step the
degree of ionization is significantly weaker. This is a general characteristic of polyprotic acids and successive ionization constants
often differ by a factor of about 10° to 10°. This set of three dissociation reactions may appear to make calculations of equilibrium
concentrations in a solution of H3PO,4 complicated. However, because the successive ionization constants differ by a factor of 10°
to 108, the calculations can be broken down into a series of parts similar to those for diprotic acids.

Polyprotic bases can accept more than one hydrogen ion in solution. The carbonate ion is an example of a diprotic base, since it can
accept up to two protons. Solutions of alkali metal carbonates are quite alkaline, due to the reactions:

H,0(1) + CO3% (aq) = HCO3~ (ag) + OH (aq)
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and

H,0(1) + HCO3™ (aq) = H2CO3(aq) + OH™ (ag)

Summary

An acid that contains more than one ionizable proton is a polyprotic acid. The protons of these acids ionize in steps. The differences
in the acid ionization constants for the successive ionizations of the protons in a polyprotic acid usually vary by roughly five orders
of magnitude. As long as the difference between the successive values of K, of the acid is greater than about a factor of 20, it is
appropriate to break down the calculations of the concentrations of the ions in solution into a series of steps.

Glossary

diprotic acid

acid containing two ionizable hydrogen atoms per molecule. A diprotic acid ionizes in two steps

diprotic base

base capable of accepting two protons. The protons are accepted in two steps

monoprotic acid

acid containing one ionizable hydrogen atom per molecule

stepwise ionization
process in which an acid is ionized by losing protons sequentially

triprotic acid
acid that contains three ionizable hydrogen atoms per molecule; ionization of triprotic acids occurs in three steps

4.1: Polyprotic Acids is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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4.2: The Acid-Base Properties of lons and Salts

4b Learning Objectives

o To recognize salts that will produce acidic, basic, or neutral solutions in water
e To understand the Lewis acidity of small, highly-charged metal ions in water

A neutralization reaction can be defined as the reaction of an acid and a base to produce a salt and water. That is, another cation,
such as Na*, replaces the proton on the acid. An example is the reaction of CH3CO,H, a weak acid, with NaOH, a strong base:

H,0
CH3COHyy + NaOH ;) — HyOCH3CO05Na o) + H20y
acid base salt water
Depending on the acid-base properties of its component ions, however, a salt can dissolve in water to produce a neutral solution, a
basic solution, or an acidic solution.

When a salt such as NaCl! dissolves in water, it produces Nazraq) and Cl,, ions. Using a Lewis approach, the Na* ion can be viewed
as an acid because it is an electron pair acceptor, although its low charge and relatively large radius make it a very weak acid. The
Cl~ ion is the conjugate base of the strong acid HCI, so it has essentially no basic character. Consequently, dissolving NaCl in

water has no effect on the pH of a solution, and the solution remains neutral.

Now let's compare this behavior to the behavior of aqueous solutions of potassium cyanide and sodium acetate. Again, the cations (
K+ and Nat) have essentially no acidic character, but the anions (CN~ and CH;COyj) are weak bases that can react with water
because they are the conjugate bases of the weak acids HCN and acetic acid, respectively.

CN;

(aq) —+ HzO(l) = HCN(aq) +OH;

(ag)

CH3C03,, + H:0q) & CH3;CO3H g + OH

Neither reaction proceeds very far to the right as written because the formation of the weaker acid—base pair is favored. Both HCN
and acetic acid are stronger acids than water, and hydroxide is a stronger base than either acetate or cyanide, so in both cases, the
equilibrium lies to the left. Nonetheless, each of these reactions generates enough hydroxide ions to produce a basic solution. For
example, the pH of a 0.1 M solution of sodium acetate or potassium cyanide at 25°C is 8.8 or 11.1, respectively. From Table 4.2.1
and Figure 4.2.1, we can see that CN~ is a stronger base (pKj = 4.79) than acetate (pK; = 9.24), which is consistent with KCN
producing a more basic solution than sodium acetate at the same concentration.

In contrast, the conjugate acid of a weak base should be a weak acid (Equation 4.2.1). For example, ammonium chloride and
pyridinium chloride are salts produced by reacting ammonia and pyridine, respectively, with HCI. As you already know, the
chloride ion is such a weak base that it does not react with water. In contrast, the cations of the two salts are weak acids that react
with water as follows:

NH{,, + H0¢) < HHjqg) + H30(,,, (4.2.1)
CsHsNHg, + H0() = CsHsNHg) + H3O, (4.2.2)

Equation 4.2.1 indicates that H3O™ is a stronger acid than either NH;} or CsH; NH*, and conversely, ammonia and pyridine are
both stronger bases than water. The equilibrium will therefore lie far to the left in both cases, favoring the weaker acid-base pair.
The H30" concentration produced by the reactions is great enough, however, to decrease the pH of the solution significantly: the
pH of a 0.10 M solution of ammonium chloride or pyridinium chloride at 25°C is 5.13 or 3.12, respectively. This is consistent with
the information shown in Figure 16.2, indicating that the pyridinium ion is more acidic than the ammonium ion.

What happens with aqueous solutions of a salt such as ammonium acetate, where both the cation and the anion can react separately
with water to produce an acid and a base, respectively? According to Figure 16.10, the ammonium ion will lower the pH, while
according to Equation 4.2.2, the acetate ion will raise the pH. This particular case is unusual, in that the cation is as strong an acid
as the anion is a base (pKa = pKb). Consequently, the two effects cancel, and the solution remains neutral. With salts in which the
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cation is a stronger acid than the anion is a base, the final solution has a pH < 7.00. Conversely, if the cation is a weaker acid than
the anion is a base, the final solution has a pH > 7.00.

Solutions of simple salts of metal ions can also be acidic, even though a metal ion cannot donate a proton directly to water to
produce H3O™. Instead, a metal ion can act as a Lewis acid and interact with water, a Lewis base, by coordinating to a lone pair of
electrons on the oxygen atom to form a hydrated metal ion (part (a) in Figure 4.2.1). A water molecule coordinated to a metal ion is
more acidic than a free water molecule for two reasons. First, repulsive electrostatic interactions between the positively charged
metal ion and the partially positively charged hydrogen atoms of the coordinated water molecule make it easier for the coordinated
water to lose a proton.

i T
vz 3+ \ < i RN
HOH \ I H A
H,0., | .OH, H,O . | .OH, |
YAl O — PAIL + O,
HZQ, | \QHQ L HH HzQ,/ | ‘QH;; s \HH
OH, OH,
TAIH 01 (aq) H, ol TAIH,01,0HT ag) HaO"aq)

Figure 4.2.1. With less electron density between the O atoms and the H atoms, the O—H bonds are weaker than in a free H.O
molecule, making it easier to lose a H+ ion.

O-H bonds

elactron density weakened

shilts toward
aluminum ion

o 3+
OH,
. . H0 0, o OHy
:\I‘ ! 6?H2 T QT oM,
eWIs eWIS
acid base | QHZ n
TAIH0)61**
-!‘
[AlH, 0},

(a) (b)

Figure 4.2.1: Effect of a Metal Ion on the Acidity of Water (a) Reaction of the metal ion Ai3+ with water to form the hydrated metal
ion is an example of a Lewis acid—base reaction. (b) The positive charge on the aluminum ion attracts electron density from the
oxygen atoms, which shifts electron density away from the O-H bonds. The decrease in electron density weakens the O—H bonds
in the water molecules and makes it easier for them to lose a proton.

On the left is the reaction of Al three plus with six OH2 which produces [AL(H20)6] three plus. On the right is the molecular
structure of [Al(H20)6] three plus.

The magnitude of this effect depends on the following two factors (Figure 4.2.2):

1. The charge on the metal ion. A divalent ion (M?+) has approximately twice as strong an effect on the electron density in a
coordinated water molecule as a monovalent ion (M) of the same radius.

2. The radius of the metal ion. For metal ions with the same charge, the smaller the ion, the shorter the internuclear distance to the
oxygen atom of the water molecule and the greater the effect of the metal on the electron density distribution in the water

molecule.
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Figure 4.2.2: The Effect of the Charge and Radius of a Metal Ion on the Acidity of a Coordinated Water Molecule. The contours
show the electron density on the O atoms and the H atoms in both a free water molecule (left) and water molecules coordinated to
Nat, Mg?t, and A3+ ions. These contour maps demonstrate that the smallest, most highly charged metal ion (A;3*) causes the
greatest decrease in electron density of the O—H bonds of the water molecule. Due to this effect, the acidity of hydrated metal ions
increases as the charge on the metal ion increases and its radius decreases.

Thus aqueous solutions of small, highly charged metal ions, such as A3t and Fe3*, are acidic:

[A(H0)6]3) = [AU(H20)5(OH)) + HE, (4.2.3)

The [Al(H20)g]3* ion has a pK, of 5.0, making it almost as strong an acid as acetic acid. Because of the two factors described
previously, the most important parameter for predicting the effect of a metal ion on the acidity of coordinated water molecules is
the charge-to-radius ratio of the metal ion. A number of pairs of metal ions that lie on a diagonal line in the periodic table, such as
Li* and Mg** or Ca*" and Y3t, have different sizes and charges, but similar charge-to-radius ratios. As a result, these pairs of
metal ions have similar effects on the acidity of coordinated water molecules, and they often exhibit other significant similarities in
chemistry as well.

I Solutions of small, highly charged metal ions in water are acidic.

Reactions such as those discussed in this section, in which a salt reacts with water to give an acidic or basic solution, are often
called hydrolysis reactions. Using a separate name for this type of reaction is unfortunate because it suggests that they are somehow
different. In fact, hydrolysis reactions are just acid—base reactions in which the acid is a cation or the base is an anion; they obey the
same principles and rules as all other acid—base reactions.

I A hydrolysis reaction is an acid—base reaction.

v/ Example 4.2.1

Predict whether aqueous solutions of these compounds are acidic, basic, or neutral.

d. KN03
b. CrBrscdotH,0
C. Na,gSO4

Given: compound
Asked for: acidity or basicity of aqueous solution
Strategy:

A. Assess the acid—base properties of the cation and the anion. If the cation is a weak Lewis acid, it will not affect the pH of
the solution. If the cation is the conjugate acid of a weak base or a relatively highly charged metal cation, however, it will
react with water to produce an acidic solution.

B. f the anion is the conjugate base of a strong acid, it will not affect the pH of the solution. If, however, the anion is the
conjugate base of a weak acid, the solution will be basic.

Solution:
a

A. The K™ cation has a small positive charge (+1) and a relatively large radius (because it is in the fourth row of the periodic
table), so it is a very weak Lewis acid.
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B. The NO;— anion is the conjugate base of a strong acid, so it has essentially no basic character (Table 16.1). Hence neither
the cation nor the anion will react with water to produce H* or OH —, and the solution will be neutral.

b.

A. The Cr3* ion is a relatively highly charged metal cation that should behave similarly to the AI** ion and form the
[Cr(H20)6)3* complex, which will behave as a weak acid:

Cr(H20)e]3, ~ Cr(H20)5(OH)|(r) + HY )

B. The Br~ anion is a very weak base (it is the conjugate base of the strong acid HBr), so it does not affect the pH of the
solution. Hence the solution will be acidic.

C.

A. The Na* ion, like the K, is a very weak acid, so it should not affect the acidity of the solution.
B. In contrast, SO3~ is the conjugate base of HSO, which is a weak acid. Hence the O3~ ion will react with water as shown
in Figure 16.6 to give a slightly basic solution.

? Exercise 4.2.1

Predict whether aqueous solutions of the following are acidic, basic, or neutral.
a. K1
b. Mg(ClOy)2
c. NaHS
Answer a
neutral
Answer b
acidic
Answer c

basic (due to the reaction of HS~ with water to form HyS and OH™)

Summary

A salt can dissolve in water to produce a neutral, a basic, or an acidic solution, depending on whether it contains the conjugate base
of a weak acid as the anion (A™), the conjugate acid of a weak base as the cation (BH™), or both. Salts that contain small, highly
charged metal ions produce acidic solutions in water. The reaction of a salt with water to produce an acidic or a basic solution is
called a hydrolysis reaction.

Key Takeaways
e Acid-base reactions always contain two conjugate acid—base pairs.
o Each acid and each base has an associated ionization constant that corresponds to its acid or base strength.

4.2: The Acid-Base Properties of lons and Salts is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

« 16.9: Acid-Base Properties of Salt Solutions is licensed CC BY-NC-SA 3.0.
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4.3: Acid rain
5.12: Enthalpy

4.3: Acid rain is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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4.4: Buffers- Solutions That Resist pH Change

4P Learning Objectives

o Recognize common ions from various salts, acids, and bases.
o Calculate concentrations involving common ions.
o Calculate ion concentrations involving chemical equilibrium.

The common-ion effect is used to describe the effect on an equilibrium involving a substance that adds an ion that is a part of the equilibrium.

Introduction

The solubility products Kgp's are equilibrium constants in heterogeneous equilibria (i.e., between two different phases). If several salts are present in a system, they all ionize in the solution. If the salts
contain a common cation or anion, these salts contribute to the concentration of the common ion. Contributions from all salts must be included in the calculation of concentration of the common ion.
For example, a solution containing sodium chloride and potassium chloride will have the following relationship:

[Na*] + [K*] = [CI7] (4.4.1)
Consideration of charge balance or mass balance or both leads to the same conclusion.
Common lons
‘When NaCl and KCl are dissolved in the same solution, the C1~ ions are common to both salts. In a system containing NaCl and KCL, the C1~ ions are common ions.
NaCl & Na* + ClI™
KCl=K*+Cl™
CaCly = Ca?t +2C1-
AICI; = AI** +3C1-
AgCl= Agt +Cl-

For example, when AgCl is dissolved into a solution already containing NaCl (actually Nat and CI- ions), the C1~ ions come from the ionization of both AgCl and NaCl. Thus, [C1~ ] differs from [Ag*].
The following examples show how the concentration of the common ion is calculated.

v Example 4.4.1

What are [Na+], [CI" ], [Ca%*], and [H*] in a solution containing 0.10 M each of NaCl, CaClz, and HCI?

Solution
Due to the conservation of ions, we have

[Na*] = [Ca®*] = [H*] =0.10M
but

[CI” ] = 0.10 (due to NaCl)
+0.20 (due to CaCly)
+0.10 (due to HCI)

= 040M

? Exercise 4.4.1

John poured 10.0 mL of 0.10 M NaCl, 10.0 mL of 0.10 M KOH, and 5.0 mL of 0.20 M HC! solutions together and then he made the total volume to be 100.0 mL. What is [Cl~ ] in the final
solution?

Solution

. 01Mx10mL+0.2M x 5.0mL
[e= 100.0 mL =@

Le Chatelier's Principle states that if an equilibrium becomes unbalanced, the reaction will shift to restore the balance. If a common ion is added to a weak acid or weak base equilibrium, then the
equilibrium will shift towards the reactants, in this case the weak acid or base.

v Example 4 lubility of Lead Chloride

Consider the lead(II) ion concentration in this saturated solution of PbCl,. The balanced reaction is
PbCly) = P”?:;) +200,,
Defining s as the concentration of dissolved lead(II) chloride, then:
[Pp**] =5
[CIm]=2s
These values can be substituted into the solubility product expression, which can be solved for s:
K, = [Pb*][C17]? (44.2)
=35 x (25)? (4.4.3)
1.7x107° =44° (4.4.9)
—5
B L7 x410 (44.5)
=4.25x1078 (4.4.6)
s=v425x1078 (44.7)
=1.62 x 1072 mol dm™3 (44.8)
The concentration of lead(II) ions in the solution is 1.62 x 10 M. Consider what happens if sodium chloride is added to this saturated solution. Sodium chloride shares an ion with lead(IT)
chloride. The chloride ion is common to both of them; this is the origin of the term "common ion effect".
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Look at the original equilibrium expression again:
PbCly (s) = Pb* (aq) + 201~ (aq)

‘What happens to that equilibrium if extra chloride ions are added? According to , the position of equilibrium will shift to counter the change, in this case, by removing the chloride
ions by making extra solid lead(II) chloride.

Of course, the concentration of lead(II) ions in the solution is so small that only a tiny proportion of the extra chloride ions can be converted into solid lead(II) chloride. The lead(II) chloride
becomes even less soluble, and the concentration of lead(II) ions in the solution decreases. This type of response occurs with any sparingly soluble substance: it is less soluble in a solution which
contains any ion which it has in common. This is the common ion effect.

v Example 4.4.3

If an attempt is made to dissolve some lead(II) chloride in some 0.100 M sodium chloride solution instead of in water, what is the equilibrium concentration of the lead(II) ions this time? As
before, define s to be the concentration of the lead(II) ions.

[Py =3 (4.4.9)

The calculations are different from before. This time the concentration of the chloride ions is governed by the concentration of the sodium chloride solution. The number of ions coming from the
lead(II) chloride is going to be tiny compared with the 0.100 M coming from the sodium chloride solution.

In calculations like this, it can be assumed that the concentration of the common ion is entirely due to the other solution. This simplifies the calculation.
So we assume:
[c1] =0.100 M (4.4.10)
The rest of the mathematics looks like this:
Ky = [PY*][CIT]

=5 x (0.100)%
1.7 x 10~ = s x 0.00100

therefore:
_ L7x107°
~0.0100 (4.4.11)
=17x107°M
Finally, compare that value with the simple saturated solution:
Original solution:
[Pp**] = 0.0162 M (4.4.12)
Solution in 0.100 M NaCl solution:
[Pb?**] = 0.0017 M (4.4.13)

The concentration of the lead(II) ions has decreased by a factor of about 10. If more concentrated solutions of sodium chloride are used, the solubility decreases further.

A Video Discussing Finding the Solubility of a Salt: [youtu.be]

Common lon Effect with Weak Acids and Bases

Adding a common ion prevents the weak acid or weak base from ionizing as much as it would without the added common ion. The common ion effect suppresses the ionization of a weak acid by
adding more of an ion that is a product of this equilibrium.

I Adding a common ion to a system at equilibrium affects the equilibrium composition, but not the ionization constant.

The common ion effect of H30" on the ionization of acetic acid
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HC:H,0, + H,0 —— H,0'+ (H,0,

a—

HC2H302 reactions with H20 to produce H30 plus and C2H3 O2 minus. If more H30 plus is added to the reaction, the equilibrium would shift to form
more HC2H302.

When a strong acid supplies the common ion HzO* the equilibrium shifts to form more HC,H30,.

The common ion effect suppresses the ionization of a weak base by adding more of an ion that is a product of this equilibrium. Now consider the common ion effect of OH~ on the ionization of
ammonia

NH; + HO ————= NHj+ OH~

‘When a strong base supplies the common ion OH™ the equilibrium shifts to form more NHj.
NH3 reacts with H2 O to produce NH4 plus and QH minus. If more OH minus is added to the reaction, the equilibrium would shifts to form more NH3.

Adding the common ion of hydroxide shifts the reaction towards the left to decrease the stress (in accordance with Le Chatelier's Principle), forming more reactants. This decreases the reaction
quotient, because the reaction is being pushed towards the left to reach equilibrium. The equilibrium constant, K, = 1.8 x 10~3, does not change. The reaction is put out of balance, or equilibrium.

_ N[O

[NHg]
At first, when more hydroxide is added, the quotient is greater than the equilibrium constant. The reaction then shifts right, causing the denominator to increase, decreasing the reaction quotient and
pulling towards equilibrium and causing Q to decrease towards K.

Qa

Common lon Effect on Solubility

When a slightly soluble ionic compound is added to water, some of it dissolves to form a solution, establishing an equilibrium between the pure solid and a solution of its ions. For the dissolution of
calcium phosphate, one of the two main components of kidney stones, the equilibrium can be written as follows, with the solid salt on the left:

Ca3(P04):2 (s) = 3Ca?* (aq) + 2P0} (aq) (4.4.14)

As you will discover in more advanced chemistry courses, basic anions, such as Sz’, P043’, and CO3Z’, react with water to produce OH™ and the corresponding protonated anion. Consequently, their
calculated molarities, assuming no protonation in aqueous solution, are only approximate. The equilibrium constant for the dissolution of a sparingly soluble salt is the solubility product (Kp) of the
salt. Because the concentration of a pure solid such as Caz(POy); is a constant, it does not appear explicitly in the equilibrium constant expression. The equilibrium constant expression for the
dissolution of calcium phosphate is therefore

_ [Ca*p[POy 2

[Ca3(PO4)2] (4415)

[Ca3(POL)]K = Ko = [Ca>1°[PO] ? (4.4.16)

At 25°C and pH 7.00, K,, for calcium phosphate is 2.07 x 10733, indicating that the concentrations of Ca®>* and PO,>" ions in solution that are in equilibrium with solid calcium phosphate are very
low. The values of K, for some common salts vary dramatically for different compounds (Table E3). Although K, is not a function of pH in Equation 4.4.15, changes in pH can affect the solubility of
a compound.

The solubility product expression tells us that the equilibrium concentrations of the cation and the anion are inversely related. That is, as the concentration of the anion increases, the maximum
concentration of the cation needed for precipitation to occur decreases—and vice versa—so that K, is constant. Consequently, the solubility of an ionic compound depends on the concentrations
of other salts that contain the same ions. This dependency is another example of the common ion effect where adding a common cation or anion shifts a solubility equilibrium in the direction
predicted by Le Chatelier’s principle. As a result, the solubility of any sparingly soluble salt is almost always decreased by the presence of a soluble salt that contains a common ion.

Consider, for example, the effect of adding a soluble salt, such as CaCl,, to a saturated solution of calcium phosphate [Ca3(PO,),]. We have seen that the solubility of Caz(PO,), in water at 25°C is
1.14x107 M (Kgp = 2.07 % 107%%). Thus a saturated solution of Ca3(PO,), in water contains

o 3x (114 x 1077 M) = 3.42 x 107"M of Ca*"

o 2x (114 x 107"M) = 2.28 x 10~"M of PO}~

according to the stoichiometry shown in Equation 4.4.15 (neglecting hydrolysis to form HPO42"). If CaCl, is added to a saturated solution of Ca3(PO4), the Ca®* ion concentration will increase such
that [Ca®*] > 3.42 x 1077 M, making Q > Kip. The only way the system can return to equilibrium is for the reaction in Equation 4.4.15 to proceed to the left, resulting in precipitation of Caz(PO4)a.
This will decrease the concentration of both Ca®* and PO,> until Q = Ksp.

Adding a common ion decreases solubility, as the reaction shifts toward the left to relieve the stress of the excess product. Adding a common ion to a dissociation reaction causes the equilibrium
to shift left, toward the reactants, causing precipitation.
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Consider the reaction:

PbCla(s) = Pb**(ag) + 2C1 (ag)
What happens to the solubility of PbCly(s) when 0.1 M NaCl is added?
Solution
Kp=17x10"°
Qip=18x10"°
Identify the common ion: CI-

Notice: Qsp > Kgp The addition of NaCl has caused the reaction to shift out of equilibrium because there are more dissociated ions. Typically, solving for the molarities requires the assumption that
the solubility of PbCl, is equivalent to the concentration of Pb>* produced because they are in a 1:1 ratio.

Because for the reaction is 1.7x10°%, the overall reaction would be (s)(2s)?= 1.7x107°. Solving the equation for s gives s= 1.62x10°> M. The coefficient on Cl" is 2, so it is assumed that twice
as much CI" is produced as Pb*, hence the '2s." The solubility equilibrium constant can be used to solve for the molarities of the ions at equilibrium.

The molarity of Cl” added would be 0.1 M because Na* and CI" are in a 1:1 ration in the ionic salt, NaCl. Therefore, the overall molarity of Cl" would be 2s + 0.1, with 2s referring to the
contribution of the chloride ion from the dissociation of lead chloride.

Q. = [PVH][CI]? (4.4.17)

1.8 x 107° = (s)(25 +0.1)2 (4.4.18)
5 = [Ph*] (4.4.19)
=18x10°M (4.4.20)

25 =[C17] (44.21)
~0.1M (4.4.22)

Notice that the molarity of Pb?" is lower when NaCl is added. The equilibrium constant remains the same because of the increased concentration of the chloride ion. To simplify the reaction, it
can be assumed that [C]] is approximately 0.1M since the formation of the chloride ion from the dissociation of lead chloride is so small. The reaction quotient for PbCl; is greater than the
equilibrium constant because of the added CI". This therefore shift the reaction left towards equilibrium, causing precipitation and lowering the current solubility of the reaction. Overall, the
solubility of the reaction decreases with the added sodium chloride.

? Exercise 4.4.5

Calculate the solubility of silver carbonate in a 0.25 M solution of sodium carbonate. The solubility of silver carbonate in pure water is 8.45 x 1072 at 25°C.

Answer
29x10%M (versus 1.3 x 10# M in pure water)

A Video Discussing the Common Ion Effect in Solubility Products: [youtu.be]
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4b Leaming Objectives

o To understand how adding a common ion affects the position of an acid-base equilibrium.
» To know how to use the Henderson-Hasselbalch approximation to calculate the pH of a buffer.

Buffers are solutions that maintain a relatively constant pH when an acid or a base is added. They therefore protect, or “buffer,” other molecules in solution from the effects of the added acid or base.
Buffers contain either a weak acid (HA) and its conjugate base (A~) or a weak base (B) and its conjugate acid (BH*), and they are critically important for the proper functioning of biological systems.
In fact, every biological fluid is buffered to maintain its physiological pH.
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The Common lon Effect: Weak Acids Combined with Conjugate Bases

To understand how buffers work, let’s look first at how the ionization equilibrium of a weak acid is affected by adding either the conjugate base of the acid or a strong acid (a source of H+). Le
Chatelier’s principle can be used to predict the effect on the equilibrium position of the solution. A typical buffer used in biochemistry laboratories contains acetic acid and a salt such as sodium
acetate. The dissociation reaction of acetic acid is as follows:

CH3COOH (aq) == CH;COO™ (aq) + H* (aq) (4.4.23)
and the equilibrium constant expression is as follows:
_ [Hf][CH3CO0™]
Ka= [CH3CO,H] (4.4.24)

Sodium acetate (CH3CO,Na) is a strong electrolyte that ionizes completely in aqueous solution to produce Na* and CH3CO,~ ions. If sodium acetate is added to a solution of acetic acid, Le
Chatelier’s principle predicts that the equilibrium in Equation 4.4.23 will shift to the left, consuming some of the added CH3COO~ and some of the H ions originally present in solution.

Because Nat is a spectator ion, it has no effect on the position of the equilibrium and can be ignored. The addition of sodium acetate produces a new equilibrium composition, in which [H*] is less
than the initial value. Because [H*] has decreased, the pH will be higher. Thus adding a salt of the conjugate base to a solution of a weak acid increases the pH. This makes sense because sodium
acetate is a base, and adding any base to a solution of a weak acid should increase the pH.

If we instead add a strong acid such as HCI to the system, [H*] increases. Once again the equilibrium is temporarily disturbed, but the excess H* ions react with the conjugate base (CH3COz™),
whether from the parent acid or sodium acetate, to drive the equilibrium to the left. The net result is a new equilibrium composition that has a lower [CH3C0,~] than before. In both cases, only the
equilibrium composition has changed; the ionization constant K, for acetic acid remains the same. Adding a strong electrolyte that contains one ion in common with a reaction system that is at
equilibrium, in this case CH3CO,~, will therefore shift the equilibrium in the direction that reduces the concentration of the common ion. The shift in equilibrium is via the common ion effect.

I Adding a common ion to a system at equilibrium affects the equilibrium composition, but not the ionization constant.

v Example 4.4.1

A 0.150 M solution of formic acid at 25°C (pKa = 3.75) has a pH of 2.28 and is 3.5% ionized.

a. Is there a change to the pH of the solution if enough solid sodium formate is added to make the final formate concentration 0.100 M (assume that the formic acid concentration does not
change)?
b. What percentage of the formic acid is ionized if 0.200 M HCl is added to the system?

Given: solution concentration and pH, pK,, and percent ionization of acid; final concentration of conjugate base or strong acid added
Asked for: pH and percent ionization of formic acid
Strategy:

A. Write a balanced equilibrium equation for the ionization equilibrium of formic acid. Tabulate the initial concentrations, the changes, and the final concentrations.

B. Substitute the expressions for the final concentrations into the expression for Ka. Calculate [H*] and the pH of the solution.

C. Construct a table of concentrations for the dissociation of formic acid. To determine the percent ionization, determine the anion concentration, divide it by the initial concentration of formic
acid, and multiply the result by 100.

Solution:
A Because sodium formate is a strong electrolyte, it ionizes completely in solution to give formate and sodium ions. The Na* ions are spectator ions, so they can be ignored in the equilibrium
equation. Because water is both a much weaker acid than formic acid and a much weaker base than formate, the acid-base properties of the solution are determined solely by the formic acid
ionization equilibrium:

HCO,H (aq) = HCO;3 (aq) + H* (aq)
The initial concentrations, the changes in concentration that occur as equilibrium is reached, and the final concentrations can be tabulated.

Final Concentration

ICE [HCO, H(aq)] [H*(aq)] [HCO; (aq)]
Initial 0.150 1.00 x 1077 0.100
Change =5 +x e
Equilibrium (0.150 - x) X (0.100 + x)

B We substitute the expressions for the final concentrations into the equilibrium constant expression and make our usual simplifying assumptions, so

_ [HY][HCO3]  (2)(0.100+ )

®~ [HCO,H] =~ 0150—=z
(0.100)
~ 70.150
10737
~18x107*
Rearranging and solving for z,
0.150 M
— —4
z=(1.8x10"") x 0100 M
=27x107*
=[H"]

The value of g is small compared with 0.150 or 0.100 M, so our assumption about the extent of ionization is justified. Moreover,
K,Cra = (1.8 x 1074)(0.150) = 2.7 x 10~°
which is greater than 1.0 x 1075, so again, our assumption s justified. The final pH is:
pH = —log(2.7 x 107*) = 3.57

compared with the initial value of 2.29. Thus adding a salt containing the conjugate base of the acid has increased the pH of the solution, as we expect based on Le Chatelier’s principle; the stress
on the system has been relieved by the consumption of H+ ions, driving the equilibrium to the left.
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C Because HCl is a strong acid, it ionizes completely, and chloride is a spectator ion that can be neglected. Thus the only relevant acid-base equilibrium is again the dissociation of formic acid,
and initially the concentration of formate is zero. We can construct a table of initial concentrations, changes in concentration, and final concentrations.

HCO;H(aq) = H™(ag) + HCO;3 (aq)

initial concentrations, changes in concentration, and final concentrations

[HCO, H(ag)] [H*(ag)] [HCO; (ag)]
initial 0.150 0.200 0
change -X +x +X
final (0.150 - x) (0.200 + x) X

To calculate the percentage of formic acid that is ionized under these conditions, we have to determine the final [HCO,~]. We substitute final concentrations into the equilibrium constant
expression and make the usual simplifying assumptions, so

_ [HY)[HCO3] _ (0.200+3)(s) _ 2(0.200)

= = =180 x107*
*~ T[HCO.H]| 0150—z  0.150 SDC
»Qﬂanmngingandsul\dngionz, ,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,,, ,4
0.150 M
= —4
z = (1.80 x 10 )X70.200M

=1.35x 10~* = [HCO;]
Once again, our simplifying assumptions are justified. The percent ionization of formic acid is as follows:

s 1.35x 10~* M
percent ionization = —oisom % 100% = 0.0900%

Adding the strong acid to the solution, as shown in the table, decreased the percent ionization of formic acid by a factor of approximately 38 (3.45%/0.0900%). Again, this is consistent with Le
Chatelier’s principle: adding H* ions drives the dissociation equilibrium to the left.

? Exercise 4.4.1

A 0.225 M solution of ethylamine (CH3CH;NH, with pK; = 3.19) has a pH of 12.08 and a percent ionization of 5.4% at 20°C. Calculate the following:
a. the pH of the solution if enough solid ethylamine hydrochloride (EtNH3Cl) is added to make the solution 0.100 M in EtNHg+
b. the percentage of ethylamine that is ionized if enough solid NaOH is added to the original solution to give a final concentration of 0.050 M NaOH
Answer a
11.16
Answer b

1.3%

A Video Discussing the Common Ion Effect: [youtu.be]

The Common lon Effect: Weak Bases Combined with Conjugate Acids

Now let’s suppose we have a buffer solution that contains equimolar concentrations of a weak base (B) and its conjugate acid (BH?). The general equation for the ionization of a weak base is as
follows:

Blaq) + H,0(l) = BH*(aq) + OH (aq) (4.4.25)

If the equilibrium constant for the reaction as written in Equation 4.4.25 is small, for example K; = 1075, then the equilibrium constant for the reverse reaction is very large: K = KL =10°. Adding a
b

strong base such as OH~ to the solution therefore causes the equilibrium in Equation 4.4.25 to shift to the left, consuming the added OH~. As a result, the OH~ ion concentration in solution remains
relatively constant, and the pH of the solution changes very little. Le Chatelier’s principle predicts the same outcome: when the system is stressed by an increase in the OH~ ion concentration, the
reaction will proceed to the left to counteract the stress.

If the pK; of the base is 5.0, the pK, of its conjugate acid is

pK, =pKy — pKp = 14.0-5.0 = 9.0.

Thus the equilibrium constant for ionization of the conjugate acid is even smaller than that for ionization of the base. The ionization reaction for the conjugate acid of a weak base is written as follows:
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BH*(aq) + H20(l) % B(aq) + H30* (aq) (4.4.26)

Again, the equilibrium constant for the reverse of this reaction is very large: K = 1/K, = 10°. If a strong acid is added, it is neutralized by reaction with the base as the reaction in Equation 4.4.26 shifts
to the left. As a result, the H* ion concentration does not increase very much, and the pH changes only slightly. In effect, a buffer solution behaves somewhat like a sponge that can absorb H+ and
OH - ions, thereby preventing large changes in pH when appreciable amounts of strong acid or base are added to a solution.

Buffers are characterized by the pH range over which they can maintain a more or less constant pH and by their buffer capacity, the amount of strong acid or base that can be absorbed before the pH
changes significantly. Although the useful pH range of a buffer depends strongly on the chemical properties of the weak acid and weak base used to prepare the buffer (i.e., on k), its buffer capacity
depends solely on the concentrations of the species in the buffered solution. The more concentrated the buffer solution, the greater its buffer capacity. As illustrated in Figure 4.4.1, when NaOH is
added to solutions that contain different concentrations of an acetic acid/sodium acetate buffer, the observed change in the pH of the buffer is inversely proportional to the concentration of the buffer.
If the buffer capacity is 10 times larger, then the buffer solution can absorb 10 times more strong acid or base before undergoing a significant change in pH.

13.00
12.00
11.00
10.00

9.00

pH of solution
o
=
S

7.00
6.00
5.00
4.00
® & o < &

Volume of NaOH added (mL)

Figure 4.4.1: Effect of Buffer Concentration on the Capacity of a Buffer. (CC BY-SA-NC; Anonymous by request)
Graph of pH of solution against volume of NaOH added. Six different buffer concentrations are plotted.
A buffer maintains a relatively constant pH when acid or base is added to a solution. The addition of even tiny volumes of 0.10 M NeOH to 100.0 mL of distilled water results in a very large change in
pH. As the concentration of a 50:50 mixture of sodium acetate/acetic acid buffer in the solution is increased from 0.010 M to 1.00 M, the change in the pH produced by the addition of the same
volume of NaOH solution decreases steadily. For buffer concentrations of at least 0.500 M, the addition of even 25 mL of the NaOH solution results in only a relatively small change in pH.

Calculating the pH of a Buffer
The pH of a buffer can be calculated from the concentrations of the weak acid and the weak base used to prepare it, the concentration of the conjugate base and conjugate acid, and the pK, or pK; of

the weak acid or weak base. The procedure is analogous to that used in Example 4.4.1 to calculate the pH of a solution containing known concentrations of formic acid and formate.

An alternative method frequently used to calculate the pH of a buffer solution is based on a rearrangement of the equilibrium equation for the dissociation of a weak acid. The simplified ionization
reaction is HA < H* + A~ for which the equilibrium constant expression is as follows:

.= % (4.4.27)
This equation can be rearranged as follows:
[#* = Ka% (4.4.28)
Taking the logarithm of both sides and multiplying both sides by -1,
—log[H*] = —log K, —log (%) (4.4.29)
= —log K, +log (%) (4.4.30)
Replacing the negative logarithms in Equation 4.4.30,
pH = pK, +log (%) (4.4.31)
or, more generally,
pH = pK, +log ( [[Z‘::q] ) (4.4.32)

Equation 4.4.31 and Equation 4.4.32 are both forms of the Henderson-Hasselbalch approximation, named after the two early 20th-century chemists who first noticed that this rearranged version of the
equilibrium constant expression provides an easy way to calculate the pH of a buffer solution. In general, the validity of the Henderson-Hasselbalch approximation may be limited to solutions whose
concentrations are at least 100 times greater than their K, values.

There are three special cases where the Henderson-Hasselbalch approximation is easily interpreted without the need for calculations:

o [base] = [acid]: Under these conditions,

[base] _ 1

lacid]
in Equation 4.4.32. Because log1 = 0,

pH=pK,

regardless of the actual concentrations of the acid and base. Recall that this corresponds to the midpoint in the titration of a weak acid or a weak base.
o [base]/[acid] = 10: In Equation 4.4.32, because log10 =1,

pH =pK,+1.
o [base]/[acid] = 100: In Equation 4.4.32, because log100 = 2,

pH =pK, +2.
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Each time we increase the [base]/[acid] ratio by 10, the pH of the solution increases by 1 pH unit. Conversely, if the [base]/[acid] ratio is 0.1, then pH = pK, — 1. Each additional factor-of-10 decrease
in the [base]/[acid] ratio causes the pH to decrease by 1 pH unit.

I If [base] = [acid] for a buffer, then pH = pK,. Changing this ratio by a factor of 10 either way changes the pH by +1 unit.

v Example 4.4.2

‘What is the pH of a solution that contains

a.0.135 M HCO,H and 0.215 M HCO,Ns? (The pK, of formic acid is 3.75.)
b. 0.0135 M HCO,H and 0.0215 M HCO,Na?
c. 0.119 M pyridine and 0.234 M pyridine hydrochloride? (The pKj of pyridine is 8.77.)

Given: concentration of acid, conjugate base, and pK,; concentration of base, conjugate acid, and pKj

Asked for: pH

Strategy:

Substitute values into either form of the Henderson-Hasselbalch approximation (Equations 4.4.31 or 4.4.32) to calculate the pH.

Solution:

According to the Henderson-Hasselbalch approximation (Equation 4.4.31), the pH of a solution that contains both a weak acid and its conjugate base is

pH = pK, +log([A—]/[HA]).

A
Inserting the given values into the equation,
0.215
pH =3.75 + log (m)
= 3.75 + log 1.593

=3.95

This result makes sense because the [A~]/[HA] ratio is between 1 and 10, so the pH of the buffer must be between the pK, (3.75) and pK, + 1, or 4.75.

B
This is identical to part (a), except for the concentrations of the acid and the conjugate base, which are 10 times lower. Inserting the concentrations into the Henderson-Hasselbalch approximation,
0.0215
pH =3.75 + log (m)
=3.75 +10g 1.593
=3.95

This result is identical to the result in part (a), which emphasizes the point that the pH of a buffer depends only on the ratio of the concentrations of the conjugate base and the acid, not on the
magnitude of the concentrations. Because the [A”]/[HA] ratio is the same as in part (a), the pH of the buffer must also be the same (3.95).

Cc
In this case, we have a weak base, pyridine (Py), and its conjugate acid, the pyridinium ion (HPy*). We will therefore use Equation 4.4.32, the more general form of the Henderson-Hasselbalch
approximation, in which “base” and “acid” refer to the appropriate species of the conjugate acid-base pair. We are given [base] = [Py] = 0.119 M and [acid] = [HPy*] = 0.234 M. We also are given
Ky = 8.77 for pyridine, but we need pK, for the pyridinium ion. Recall from Equation 16.23 that the pKj; of a weak base and the pK, of its conjugate acid are related:

PK, + pKy = pKy.

Thus pK, for the pyridinium ion is pK,, — pK} = 14.00 — 8.77 = 5.23. Substituting this pK, value into the Henderson-Hasselbalch approximation,

base]
pH = pK, + log (ﬁ)
0.119
=5.23 + log (—0.234)
=5.23 —0.294
=494

Once again, this result makes sense: the [B]/[BH*] ratio is about 1/2, which is between 1 and 0.1, so the final pH must be between the pK, (5.23) and pK, — 1, or 4.23.

? Exercise 4.4.2

‘What is the pH of a solution that contains

a. 0.333 M benzoic acid and 0.252 M sodium benzoate?
b. 0.050 M trimethylamine and 0.066 M trimethylamine hydrochloride?

The pK, of benzoic acid is 4.20, and the pK; of trimethylamine is also 4.20.

Answer a
4.08
Answer b

9.68
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A Video Discussing Using the Henderson Hasselbalch Equation: [youtu.be]

The Henderson-Hasselbalch approximation ((Equation 4.4.31) can also be used to calculate the pH of a buffer solution after adding a given amount of strong acid or strong base, as demonstrated in
Example 4.4.3.

v Example 4.4.3

The buffer solution in Example 4.4.2 contained 0.135 M HCO,H and 0.215 M HCO;Na and had a pH of 3.95.

a. What is the final pH if 5.00 mL of 1.00 M HC! are added to 100 mL of this solution?
b. What is the final pH if 5.00 mL of 1.00 M NaOH are added?

Given: composition and pH of buffer; concentration and volume of added acid or base

Asked for: final pH

Strategy:

A. Calculate the amounts of formic acid and formate present in the buffer solution using the procedure from Example 4.4.1. Then calculate the amount of acid or base added.

B. Construct a table showing the amounts of all species after the neutralization reaction. Use the final volume of the solution to calculate the concentrations of all species. Finally, substitute the
appropriate values into the Henderson-Hasselbalch approximation (Equation 4.4.32) to obtain the pH.

Solution:

The added HCI (a strong acid) or NaOH (a strong base) will react completely with formate (a weak base) or formic acid (a weak acid), respectively, to give formic acid or formate and water. We
must therefore calculate the amounts of formic acid and formate present after the neutralization reaction.

A We begin by calculating the millimoles of formic acid and formate present in 100 mL of the initial pH 3.95 buffer:

100 gt, (w) =13.5mmol HCO,H

ol

—— (0.215mmol HCO,—) G

oA

The millimoles of H* in 5.00 mL of 1.00 M HCl is as follows:

.
5.00 sl (M) B T

L

B Next, we construct a table of initial amounts, changes in amounts, and final amounts:

HCO? (aq) + H* (ag) = HCO,H (aq)

initial amounts, changes in amounts, and final amounts:

HCO™ (aq) H*(aq) HCO:H(aq)

Initial 21.5 mmol 5.00 mmol 13.5 mmol
Change —5.00 mmol —5.00 mmol +5.00 mmol
Final 16.5 mmol ~0 mmol 18.5 mmol

The final amount of H* in solution is given as “~0 mmol.” For the purposes of the stoichiometry calculation, this is essentially true, but remember that the point of the problem is to calculate the
final [H+] and thus the pH. We now have all the information we need to calculate the pH. We can use either the lengthy procedure of Example 4.4.1 or the Henderson—Hasselbach approximation.
Because we have performed many equilibrium calculations in this chapter, we’ll take the latter approach. The Henderson-Hasselbalch approximation requires the concentrations of HCO; and
HCO.H, which can be calculated using the number of millimoles (r) of each and the total volume (V7). Substituting these values into the Henderson-Hasselbalch approximation (Equation
4.4.32):

pH = pK, +log (%)
"Har,/Vf )

= pK, + lo;
B g("»HL‘OzH/Vf

=pK.,+log(

THCO7 )
THCOH
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Because the total volume appears in both the numerator and denominator, it cancels. We therefore need to use only the ratio of the number of millimoles of the conjugate base to the number of
millimoles of the weak acid. So

e
pH = pK, + log (ﬂ)

nHCO,H
16.5 mmol )
18.5 mmol

=3.75 —0.050 = 3.70

=3.75 + log (

Once again, this result makes sense on two levels. First, the addition of HClhas decreased the pH from 3.95, as expected. Second, the ratio of HCOj to HCO,H is slightly less than 1, so the pH
should be between the pK, and pK, — 1.

A The procedure for solving this part of the problem is exactly the same as that used in part (a). We have already calculated the numbers of millimoles of formic acid and formate in 100 mL of the
initial pH 3.95 buffer: 13.5 mmol of HCO,H and 21.5 mmol of HCOj. The number of millimoles of OH~ in 5.00 mL of 1.00 M NaOH is as follows:

B With this information, we can construct a table of initial amounts, changes in amounts, and final amounts.
HCO,H (aq) + OH™ (aq) == HCOj (aq) + H20(1)

initial amounts, changes in amounts, and final amounts

HCO,H(aq) OH~ HCO; (aq)

Initial 13.5 mmol 5.00 mmol 21.5 mmol
Change —5.00 mmol —5.00 mmol +5.00 mmol
Final 8.5 mmol ~0 mmol 26.5 mmol

The final amount of OH~ in solution is not actually zero; this is only approximately true based on the stoichiometric calculation. We can calculate the final pH by inserting the numbers of
millimoles of both HCO; and HCO,H into the simplified Henderson-Hasselbalch expression used in part (a) because the volume cancels:

MHCO;
nHCO.H )
26.5 mmol
8.5 mmol )
=3.75+0494 =424

pH=pK,,+log(

=375+ log (

Once again, this result makes chemical sense: the pH has increased, as would be expected after adding a strong base, and the final pH is between the pK, and pK, + 1, as expected for a solution
with a HCOy /HCO:H ratio between 1 and 10.

? Exercise 4.4.3

The buffer solution from Example 4.4.2 contained 0.119 M pyridine and 0.234 M pyridine hydrochloride and had a pH of 4.94.
a. What is the final pH if 12.0 mL of 1.5 M NaOH are added to 250 mL of this solution?
b. What is the final pH if 12.0 mL of 1.5 M HCl are added?
Answer a
5.30
Answer b

4.42

l Only the amounts (in moles or millimoles) of the acidic and basic components of the buffer are needed to use the Henderson-Hasselbalch approximation, not their concentrations.

A Video Discussing the Change in pH with the Addition of a Strong Acid to a Buffer: [youtu.be]

https://chem.libretexts.org/@go/page/207271


https://libretexts.org/
https://chem.libretexts.org/@go/page/207271?pdf
https://youtu.be/FOrT8GwrzgA
https://www.youtube.com/watch?v=FOrT8GwrzgA

LibreTexts*

The Change in pH with the Addition of a Strong Base to a Buffer:
[youtu.be]

The results obtained in Example 4.4.3 and its corresponding exercise demonstrate how little the pH of a well-chosen buffer solution changes despite the addition of a significant quantity of strong acid
or strong base. Suppose we had added the same amount of HC1 or NaOH solution to 100 mL of an unbuffered solution at pH 3.95 (corresponding to 1.1 x 10~ M HCI). In this case, adding 5.00 mL of
1.00 M HC!l would lower the final pH to 1.32 instead of 3.70, whereas adding 5.00 mL of 1.00 M NaOH would raise the final pH to 12.68 rather than 4.24. (Try verifying these values by doing the
calculations yourself.) Thus the presence of a buffer significantly increases the ability of a solution to maintain an almost constant pH.

I The most effective buffers contain equal concentrations of an acid and its conjugate base.

A buffer that contains approximately equal amounts of a weak acid and its conjugate base in solution is equally effective at neutralizing either added base or added acid. This is shown in Figure 4.4.2
for an acetic acid/sodium acetate buffer. Adding a given amount of strong acid shifts the system along the horizontal axis to the left, whereas adding the same amount of strong base shifts the system
the same distance to the right. In either case, the change in the ratio of CH3COj to CH3CO.H from 1:1 reduces the buffer capacity of the solution.

Figure 4.4.2: Distribution Curve Showing the Fraction of Acetic Acid Molecules and Acetate Ions as a Function of pH in a Solution of Acetic Acid. The pH range over which the acetic acid/sodium
acetate system is an effective buffer (the darker shaded region) corresponds to the region in which appreciable concentrations of both species are present (pH 3.76-5.76, corresponding to pH = pK,
=+ 1). (CC BY-SA-NC; Anonymous by request)

Graph of mole fraction against pH of solution. The green line is acetic acid and the purple line is the acetate ion.

A Video Discussing The Buffer Region: [youtu.be]

The Relationship between Titrations and Buffers

There is a strong correlation between the effectiveness of a buffer solution and the titration curves discussed in Section 16.5. Consider the schematic titration curve of a weak acid with a strong base
shown in Figure 4.4.3. As indicated by the labels, the region around pK, corresponds to the midpoint of the titration, when approximately half the weak acid has been neutralized. This portion of the
titration curve corresponds to a buffer: it exhibits the smallest change in pH per increment of added strong base, as shown by the nearly horizontal nature of the curve in this region. The nearly flat
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portion of the curve extends only from approximately a pH value of 1 unit less than the pK, to approximately a pH value of 1 unit greater than the pK,, which is why buffer solutions usually have a
pH that is within +1 pH units of the pK, of the acid component of the buffer.

Equivalence
paint

pH of solution —

Volume of strong base added 3
Figure 4.4.3: The Relationship between Titration Curves and Buffers. (CC BY-SA-NC; Anonymous by request)
Titration curves graph pH of solution against volume of strong base added. On the curve we look for the midpoints and equivalence points.
This schematic plot of pH for the titration of a weak acid with a strong base shows the nearly flat region of the titration curve around the midpoint, which corresponds to the formation of a buffer. At
the lower left, the pH of the solution is determined by the equilibrium for dissociation of the weak acid; at the upper right, the pH is determined by the equilibrium for reaction of the conjugate base
with water.

In the region of the titration curve at the lower left, before the midpoint, the acid-base properties of the solution are dominated by the equilibrium for dissociation of the weak acid, corresponding to
K,. In the region of the titration curve at the upper right, after the midpoint, the acid-base properties of the solution are dominated by the equilibrium for reaction of the conjugate base of the weak
acid with water, corresponding to K. However, we can calculate either K, or K from the other because they are related by K.

X Blood: A Most Important Buffer

Metabolic processes produce large amounts of acids and bases, yet organisms are able to maintain an almost constant internal pH because their fluids contain buffers. This is not to say that the pH
is uniform throughout all cells and tissues of a mammal. The internal pH of a red blood cell is about 7.2, but the pH of most other kinds of cells is lower, around 7.0. Even within a single cell,
different compartments can have very different pH values. For example, one intracellular compartment in white blood cells has a pH of around 5.0.

Because no single buffer system can effectively maintain a constant pH value over the entire physiological range of approximately pH 5.0 to 7.4, biochemical systems use a set of buffers with
overlapping ranges. The most important of these is the CO2/HCO3~ system, which dominates the buffering action of blood plasma.

The acid-base equilibrium in the CO,/HCO;~ buffer system is usually written as follows:
H,COj4 (ag) = H* (aq) + HCOj3 (aq) (4.4.33)

with K, = 4.5 x 10~7 and pK, = 6.35 at 25°C. In fact, Equation 4.4.33 is a grossly oversimplified version of the CO,/HCO;~ system because a solution of CO, in water contains only rather small
amounts of H,COj3. Thus Equation 4.4.33 does not allow us to understand how blood is actually buffered, particularly at a physiological temperature of 37°C.

As shown in Equation 4.4.34, CO, is in equilibrium with H,CO3, but the equilibrium lies far to the left, with an H,CO3/CO, ratio less than 0.01 under most conditions:
CO2 (aq) + Hy0 (1) = H5CO3(aq) (4.4.34)

with K/=4.0 x 1073 at 37°C. The true pK, of carbonic acid at 37°C is therefore 3.70, not 6.35, corresponding to a K, of 2.0 x 107, which makes it a much stronger acid than Equation 4.4.33
suggests. Adding Equation 4.4.33 and Equation 4.4.34 and canceling H,CO; from both sides give the following overall equation for the reaction of CO, with water to give a proton and the
bicarbonate ion:

CO; (aq) + H20 (I) = H,COs (aq) (4.4.35)

with K’ = 4.0 x 1073(37°C)
H,COj (aq) = H (aq) + HCOj (aq) (4.4.36)

with K, = 2.0 x 1074(37°C)
CO2 (aq) + H,0 (1) = H* (aq) + HCOj (aq) (4.4.37)

with X = 8.0 x 10~7(37°C)

The K value for the reaction in Equation 4.4.37 is the product of the true ionization constant for carbonic acid (X,) and the equilibrium constant (K) for the reaction of CO; (aq) with water to give
carbonic acid. The equilibrium equation for the reaction of CO with water to give bicarbonate and a proton is therefore

_ [HHHCOsT] _ .
K= Tﬂ}“ =80x1077 (4.4.38)

The presence of a gas in the equilibrium constant expression for a buffer is unusual. According to Henry’s law,
[COs] = &Pco,
where k is the Henry’s law constant for CO,, which is 3.0 x 1075 M/mmHyg at 37°C. Substituting this expression for [CO,] in Equation 4.4.38,

_ [H+][HCOs™]
"~ (3.0 x 1075 M/mmHg)(Pco,)

where Pgo, is in mmHg. Taking the negative logarithm of both sides and rearranging,

_ . [HCO37]
PH =610+ log ( (3.0 x 10=°M/mm Hg) (Pco,) ) (4439

Thus the pH of the solution depends on both the CO, pressure over the solution and [HCO3~]. Figure 4.4.4 plots the relationship between pH and [HCO3~] under physiological conditions for
several different values of Pgo,, with normal pH and [HCO3 ] values indicated by the dashed lines.
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40 mmHg

60 mmHg

80 mmHg

100 mmHg

pH of blood plasma

0.0 8.0 16.0 240 320 400 480
[HCO, ™1 % 1073(M)
Figure 4.4.4: Buffering in Blood: pH versus [HCOs~] Curves for Buffers with Different Values of Pco,. Only those combinations of pH and [HCOs™] that lie on a given line are allowed for the
particular value of Peo, indicated. Normal values of blood plasma pH and [HCOs~] are indicated by dashed lines. (CC BY-SA-NC; Anonymous by request)
According to Equation 4.4.39, adding a strong acid to the CO,/HCO3~ system causes [HCO3~] to decrease as HCO3 ™ is converted to COz. Excess COx is released in the lungs and exhaled into the
atmosphere, however, so there is essentially no change in Pgo,. Because the change in [HCO3~]/Pcp, is small, Equation 4.4.39 predicts that the change in pH will also be rather small. Conversely,
if a strong base is added, the OH™ reacts with CO; to form HCO3~, but CO; is replenished by the body, again limiting the change in both [HCO3~]/Poo, and pH. The CO2/HCO3~ buffer system is
an example of an open system, in which the total concentration of the components of the buffer change to keep the pH at a nearly constant value.

If a passenger steps out of an airplane in Denver, Colorado, for example, the lower Pgo, at higher elevations (typically 31 mmHg at an elevation of 2000 m versus 40 mmHg at sea level) causes a
shift to a new pH and [HCO3~]. The increase in pH and decrease in [HCOs™] in response to the decrease in Pgo, are responsible for the general malaise that many people experience at high
altitudes. If their blood pH does not adjust rapidly, the condition can develop into the life-threatening phenomenon known as altitude sickness.

A Video Summary of the pH Curve for a Strong Acid/Strong Base Titration:

[youtu.be]

Summary

Buffers are solutions that resist a change in pH after adding an acid or a base. Buffers contain a weak acid (HA) and its conjugate weak base (A~). Adding a strong electrolyte that contains one ion in
common with a reaction system that is at equilibrium shifts the equilibrium in such a way as to reduce the concentration of the common ion. The shift in equilibrium is called the common ion effect.
Buffers are characterized by their pH range and buffer capacity. The useful pH range of a buffer depends strongly on the chemical properties of the conjugate weak acid-base pair used to prepare the
buffer (the K, or Kj), whereas its buffer capacity depends solely on the concentrations of the species in the solution. The pH of a buffer can be calculated using the Henderson-Hasselbalch
approximation, which is valid for solutions whose concentrations are at least 100 times greater than their K, values. Because no single buffer system can effectively maintain a constant pH value over
the physiological range of approximately 5 to 7.4, biochemical systems use a set of buffers with overlapping ranges. The most important of these is the COy/HCOj3 system, which dominates the
buffering action of blood plasma.
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4.5: Buffer Effectiveness- Buffer Capacity and Buffer Range

4.5: Buffer Effectiveness- Buffer Capacity and Buffer Range is shared under a not declared license and was authored, remixed, and/or curated by
LibreTexts.
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4.6: Titrations and pH Curves

4} Learning Objectives

o To calculate the pH at any point in an acid—base titration.

In an acid-base titration, a buret is used to deliver measured volumes of an acid or a base solution of known concentration (the
titrant) to a flask that contains a solution of a base or an acid, respectively, of unknown concentration (the unknown). If the
concentration of the titrant is known, then the concentration of the unknown can be determined. The following discussion focuses
on the pH changes that occur during an acid—base titration. Plotting the pH of the solution in the flask against the amount of acid or
base added produces a titration curve. The shape of the curve provides important information about what is occurring in solution
during the titration.

Titrations of Strong Acids and Bases

Figure 4.6.1a shows a plot of the pH as 0.20 M HCl is gradually added to 50.00 mL of pure water. The pH of the sample in the flask
is initially 7.00 (as expected for pure water), but it drops very rapidly as HCl is added. Eventually the pH becomes constant at 0.70
—a point well beyond its value of 1.00 with the addition of 50.0 mL of HCI (0.70 is the pH of 0.20 M HCI). In contrast, when 0.20
M NaOH is added to 50.00 mL of distilled water, the pH (initially 7.00) climbs very rapidly at first but then more gradually,
eventually approaching a limit of 13.30 (the pH of 0.20 M NaOH), again well beyond its value of 13.00 with the addition of 50.0
mL of NaOH as shown in Figure 4.6.15. As you can see from these plots, the titration curve for adding a base is the mirror image of
the curve for adding an acid.

7.00 — 14.00
6.00 — 13.00
5.00 12.00
= c
2 =l
5 4.00 5 11.00
[=] [=]
i Wi
5 3.00 ‘G 10.00
s i
[=% [=3
2.00 9.00
1.00 - 8.00 —
0 7.00 T . :
\Q‘_b @9 npﬁh @9 ‘-P(') o \0(.) @9 qu bgf.h (709
Volume of HCl added (mL) Volume of NaOH added (mL)
(a) Water with strong acid added (b) Water with strong base added

Figure 4.6.1: Solution pH as a Function of the Volume of a Strong Acid or a Strong Base Added to Distilled Water. (a) When 0.20 M
HCl is added to 50.0 mL of distilled water, the pH rapidly decreases until it reaches a minimum at the pH of 0.20 M HCI. (b)

Conversely, when 0.20 M NaOH is added to 50.0 mL of distilled water, the pH rapidly increases until it reaches a maximum at the
pH of 0.20 M NaOH. (CC BY-SA-NC; Anonymous by request)

The graphs of water with strong acid added and water with strong base added are inverses of each other.

Suppose that we now add 0.20 M NaOH to 50.0 mL of a 0.10 M solution of HCI. Because HCI is a strong acid that is completely
ionized in water, the initial [H*] is 0.10 M, and the initial pH is 1.00. Adding NaOH decreases the concentration of H+ because of
the neutralization reaction (Figure 4.6.2a):

OH™ + H* = H,O0.

Thus the pH of the solution increases gradually. Near the equivalence point, however, the point at which the number of moles of
base (or acid) added equals the number of moles of acid (or base) originally present in the solution, the pH increases much more
rapidly because most of the H+ ions originally present have been consumed. For the titration of a monoprotic strong acid (HCI)
with a monobasic strong base (NaOH), we can calculate the volume of base needed to reach the equivalence point from the

following relationship:
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moles of base = (volume)y(molarity), Vs My = moles of acid (4.6.1)
= (volume),(molarity), = VoM,

If 0.20 M NaOH is added to 50.0 mL of a 0.10 M solution of HCL, we solve for V;:

V3(0.20Me) = 0.025L = 25mL

14.00 14.00
12.00 — 12.00 -
10.00 10.00
c c
8 8
5 8.00 5 8.00
2 Equivalence point 2 Equivalence point
5 600 5 600 —
1 5
4,00 — 4.00 —
2.00 2.00
0 0
\QQ} ,1993 _,99 ‘PQ %QQ
Volume of NaOH added (mL) Volume of HC| added (mL)
(a) Strong acid titrated with strong base (b) Strong base titrated with strong acid

Figure 4.6.2: The Titration of (a) a Strong Acid with a Strong Base and (b) a Strong Base with a Strong Acid(a) As 0.20 M NaOH is
slowly added to 50.0 mL of 0.10 M HCI, the pH increases slowly at first, then increases very rapidly as the equivalence point is
approached, and finally increases slowly once more. (b) Conversely, as 0.20 M HCl is slowly added to 50.0 mL of 0.10 M NeOH,

the pH decreases slowly at first, then decreases very rapidly as the equivalence point is approached, and finally decreases slowly
once more. (CC BY-SA-NC; Anonymous by request)

The titration curves of strong acid titrated with strong base and strong base titrated with strong acid are inverses of each other.

At the equivalence point (when 25.0 mL of NaOH solution has been added), the neutralization is complete: only a salt remains in
solution (NaCl), and the pH of the solution is 7.00. Adding more NaOH produces a rapid increase in pH, but eventually the pH
levels off at a value of about 13.30, the pH of 0.20 M NaOH.

As shown in Figure 4.6.2b, the titration of 50.0 mL of a 0.10 M solution of NaOH with 0.20 M HCI produces a titration curve that is
nearly the mirror image of the titration curve in Figure 4.6.2a. The pH is initially 13.00, and it slowly decreases as HCl is added. As
the equivalence point is approached, the pH drops rapidly before leveling off at a value of about 0.70, the pH of 0.20 M HCL

The titration of either a strong acid with a strong base or a strong base with a strong acid produces an S-shaped curve. The curve is
somewhat asymmetrical because the steady increase in the volume of the solution during the titration causes the solution to become
more dilute. Due to the leveling effect, the shape of the curve for a titration involving a strong acid and a strong base depends on
only the concentrations of the acid and base, not their identities.

The shape of the titration curve involving a strong acid and a strong base depends only on their concentrations, not their
identities.

v Example 4.6.1: Hydrochloric Acid

Calculate the pH of the solution after 24.90 mL of 0.200 M NaOH has been added to 50.00 mL of 0.100 M HCI.
Given: volumes and concentrations of strong base and acid

Asked for: pH

Strategy:

A. Calculate the number of millimoles of HT and OH~ to determine which, if either, is in excess after the neutralization
reaction has occurred. If one species is in excess, calculate the amount that remains after the neutralization reaction.

B. Determine the final volume of the solution. Calculate the concentration of the species in excess and convert this value to
pH.
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Solution
A Because 0.100 mol/L is equivalent to 0.100 mmol/mL, the number of millimoles of H* in 50.00 mL of 0.100 M HCI can be
calculated as follows:

50.00 gL (W) = 5.00 mmol HCl = 5.00 mmol H*

7

The number of millimoles of NaOH added is as follows:

24.90 ( 0-200 mmol NaOH ) = 4.98 mmol NaOH = 4.98 mmol OH~

L

Thus H* is in excess. To completely neutralize the acid requires the addition of 5.00 mmol of OH~ to the HCI solution.
Because only 4.98 mmol of OH~ has been added, the amount of excess H* is 5.00 mmol — 4.98 mmol = 0.02 mmol of H*.

B The final volume of the solution is 50.00 mL + 24.90 mL = 74.90 mL, so the final concentration of Ht is as follows:

0.02 mmol H*

_ —4
74.90 mL RO

[HY] =
Hence,

pH ~ —log[H'] = —log(3 x 107*) = 3.5

This is significantly less than the pH of 7.00 for a neutral solution.
? Exercise 4.6.1

Calculate the pH of a solution prepared by adding 40.00 mL of 0.237 M HCI to 75.00 mL of a 0.133M solution of NaOH.

Answer

11.6

e ad tlon o &Itrlnl of Strong [

Watch on (@ YouTube

pH after the addition of 10 ml of Strong Base to a Strong Acid:

https://youtu.be/_cM1_-kdJ20 (opens in new window)
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pH at the Equivalence Point in a Strong Acid/Strong Base Titration:

Titrations of Weak Acids and Bases

In contrast to strong acids and bases, the shape of the titration curve for a weak acid or a weak base depends dramatically on the
identity of the acid or the base and the corresponding K, or K. As we shall see, the pH also changes much more gradually around
the equivalence point in the titration of a weak acid or a weak base. As you learned previously, [H*] of a solution of a weak acid
(HA) is not equal to the concentration of the acid but depends on both its pK, and its concentration. Because only a fraction of a
weak acid dissociates, [\(H*] is less than [HA]. Thus the pH of a solution of a weak acid is greater than the pH of a solution of a
strong acid of the same concentration.

Figure 4.6.3a shows the titration curve for 50.0 mL of a 0.100 M solution of acetic acid with 0.200 M NaOH superimposed on the
curve for the titration of 0.100 M HCI shown in part (a) in Figure 4.6.2. Below the equivalence point, the two curves are very
different. Before any base is added, the pH of the acetic acid solution is greater than the pH of the HCI solution, and the pH changes
more rapidly during the first part of the titration. Note also that the pH of the acetic acid solution at the equivalence point is greater
than 7.00. That is, at the equivalence point, the solution is basic. In addition, the change in pH around the equivalence point is only

about half as large as for the HCI titration; the magnitude of the pH change at the equivalence point depends on the px, of the acid
being titrated. Above the equivalence point, however, the two curves are identical. Once the acid has been neutralized, the pH of
the solution is controlled only by the amount of excess NaOH present, regardless of whether the acid is weak or strong.
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Figure 4.6.3: The Titration of (a) a Weak Acid with a Strong Base and (b) a Weak Base with a Strong Acid. (a) As 0.200 M NaOH is
slowly added to 50.0 mL of 0.100 M acetic acid, the pH increases slowly at first, then increases rapidly as the equivalence point is
approached, and then again increases more slowly. The corresponding curve for the titration of 50.0 mL of 0.100 M HCI with 0.200
M NaOH is shown as a dashed line. (b) As 0.200 M HCI is slowly added to 50.0 mL of 0.100 M NH3, the pH decreases slowly at
first, then decreases rapidly as the equivalence point is approached, and then again decreases more slowly. The corresponding curve
for the titration of 50.0 mL of 0.100 M NaOH with 0.200 M HCI is shown as a dashed line. (CC BY-SA-NC; Anonymous by
request)

The titration curves of weak acid titrated with strong base and weak base titrated with strong acid are inverse of each other. These
curves are shorter than the titration curves with strong acid and strong base.

l The shape of the titration curve of a weak acid or weak base depends heavily on their identities and the K, or K.

The titration curve in Figure 4.6.3a was created by calculating the starting pH of the acetic acid solution before any NaOH is added
and then calculating the pH of the solution after adding increasing volumes of NaOH. The procedure is illustrated in the following
subsection and Example 4.6.2 for three points on the titration curve, using the pK, of acetic acid (4.76 at 25°C; K, = 1.7 x 107.

Calculating the pH of a Solution of a Weak Acid or a Weak Base

As explained discussed, if we know K, or K3 and the initial concentration of a weak acid or a weak base, we can calculate the pH
of a solution of a weak acid or a weak base by setting up a ICE table (i.e, initial concentrations, changes in concentrations, and final

concentrations). In this situation, the initial concentration of acetic acid is 0.100 M. If we define z as [H*] due to the dissociation of
the acid, then the table of concentrations for the ionization of 0.100 M acetic acid is as follows:

CH3CO.H (aq) = Ht (aq) + CH3CO,™

table of concentrations for the ionization of 0.100 M acetic acid

ICE [CH3CO,H] [H] [CH3C0;]
initial 0.100 1.00 x 1077 0
change -X +X +x

final 0.100 — x X X

In this and all subsequent examples, we will ignore [H+] and [OH | due to the autoionization of water when calculating the final
concentration. However, you should use Equation 16.45 and Equation 16.46 to check that this assumption is justified.

Inserting the expressions for the final concentrations into the equilibrium equation (and using approximations),
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_ [H*][0H;005]

*~ T[CH;CO,.H)

_ @@
0.100 — z

$2

0.100
~1.74 x 107°

~

Solving this equation gives = = [H*] = 1.32 x 103 M. Thus the pH of a 0.100 M solution of acetic acid is as follows:

pH = —log(1.32 x 1073) = 2.879

pH at the Start of a Weak Acid/Strong Base Titration:

Calculating the pH during the Titration of a Weak Acid or a Weak Base

Now consider what happens when we add 5.00 mL of 0.200 M NaOH to 50.00 mL of 0.100 M CH3CO-H (part (a) in Figure 4.6.3).
Because the neutralization reaction proceeds to completion, all of the OH~ ions added will react with the acetic acid to generate
acetate ion and water:

CH3CO2H o) + OH(;q) — CH3CO;(M) + H2O, (4.6.2)

All problems of this type must be solved in two steps: a stoichiometric calculation followed by an equilibrium calculation. In the
first step, we use the stoichiometry of the neutralization reaction to calculate the amounts of acid and conjugate base present in
solution after the neutralization reaction has occurred. In the second step, we use the equilibrium equation to determine [H*] of the
resulting solution.

Step 1

To determine the amount of acid and conjugate base in solution after the neutralization reaction, we calculate the amount of
CH3CO,H in the original solution and the amount of OH™~ in the NaOH solution that was added. The acetic acid solution contained

50.00 L (0.100 mmol(CH3;COzH)/ L) = 5.00 mmol(CH3;CO2H)
The NaOH solution contained
5.00 mL=1.00 mmol NaOH

Comparing the amounts shows that CH3;CO-H is in excess. Because OH ~ reacts with CH3CO-H in a 1:1 stoichiometry, the amount
of excess CH3CO-H is as follows:

5.00 mmol CH5CO.H — 1.00 mmol OH~ = 4.00 mmol CH;CO.H

Each 1 mmol of OH ™ reacts to produce 1 mmol of acetate ion, so the final amount of CH3COj is 1.00 mmol.
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The stoichiometry of the reaction is summarized in the following ICE table, which shows the numbers of moles of the various
species, not their concentrations.

CH3CO2H (aq) + OH™ (aq) = CH3CO:~ (aq) + H,O(1)

ICE table
ICE [CH5CO-H] [OH] [CH3CO,7]
initial 5.00 mmol 1.00 mmol 0 mmol
change —1.00 mmol —1.00 mmol +1.00 mmol
final 4.00 mmol 0 mmol 1.00 mmol

This ICE table gives the initial amount of acetate and the final amount of OH~ ions as 0. Because an aqueous solution of acetic
acid always contains at least a small amount of acetate ion in equilibrium with acetic acid, however, the initial acetate concentration
is not actually 0. The value can be ignored in this calculation because the amount of CH3COj in equilibrium is insignificant
compared to the amount of OH~ added. Moreover, due to the autoionization of water, no aqueous solution can contain 0 mmol of
OH -, but the amount of OH— due to the autoionization of water is insignificant compared to the amount of OH— added. We use the
initial amounts of the reactants to determine the stoichiometry of the reaction and defer a consideration of the equilibrium until the
second half of the problem.

Step 2

To calculate [H*] at equilibrium following the addition of NeOH, we must first calculate [CH3CO2H] and [CH3CO>~] using the
number of millimoles of each and the total volume of the solution at this point in the titration:

final volume = 50.00 mL + 5.00 mL = 55.00 mL

_ 4.00 mmol CH3CO.H 2
[CH;;COzI‘I] = 55.00 mL =727Tx107“ M
1.00 mmol CH;COj
[CH;C0;] = —— 0 28720 182 x 1072 M

55.00 mL

Knowing the concentrations of acetic acid and acetate ion at equilibrium and K, for acetic acid (1.74 x 107%), we can calculate [H]
at equilibrium:

K _ [CHsCOy| [H]
* = T [CH;CO.H|

K,[CH;CO.H]  (1.72x107°) (7.27 x 107 M)

= =6.95x 1075 M
[CH5CO5] (1.82 x 107%)

[E*] =

Calculating —log[H"] gives
pH = —1og(6.95 x 1075) = 4.158.

Comparing the titration curves for HCI and acetic acid in Figure 4.6.3a, we see that adding the same amount (5.00 mL) of 0.200 M
NaOH to 50 mL of a 0.100 M solution of both acids causes a much smaller pH change for HCI (from 1.00 to 1.14) than for acetic
acid (2.88 to 4.16). This is consistent with the qualitative description of the shapes of the titration curves at the beginning of this
section. In Example 4.6.2, we calculate another point for constructing the titration curve of acetic acid.
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pH Before the Equivalence Point of a Weak Acid/Strong Base Titration:

v/ Example 4.6.2

What is the pH of the solution after 25.00 mL of 0.200 M NaOH is added to 50.00 mL of 0.100 M acetic acid?
Given: volume and molarity of base and acid

Asked for: pH

Strategy:

A. Wri?eythe balanced chemical equation for the reaction. Then calculate the initial numbers of millimoles of OH~ and
CH3CO,H. Determine which species, if either, is present in excess.

B. Tabulate the results showing initial numbers, changes, and final numbers of millimoles.

C. If excess acetate is present after the reaction with OH™, write the equation for the reaction of acetate with water. Use a
tabular format to obtain the concentrations of all the species present.

D. Calculate K3 using the relationship K. = K,Kj. Calculate [OH—-] and use this to calculate the pH of the solution.

Solution
A Ignoring the spectator ion (Na'), the equation for this reaction is as follows:

CH3CO3H (4q) + OH (aq) = CH3CO5 (aq) + H20(1)
The initial numbers of millimoles of OH~ and CH3CO,H are as follows:
25.00 mL(0.200 mmol OH-mL=>5.00 mmol OH—
50.00 mL(0.100CH3COxHL = 5.00mmol CH3CO2H
The number of millimoles of OH ~ equals the number of millimoles of CH3;CO;H, so neither species is present in excess.

B Because the number of millimoles of OH~ added corresponds to the number of millimoles of acetic acid in solution, this is
the equivalence point. The results of the neutralization reaction can be summarized in tabular form.

CHsCOzH(aq) + OH(;I) = CH3CO; (aq) + H,O(1)

results of the neutralization reaction
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ICE [CH3CO,H] [OH] [CH3CO,
initial 5.00 mmol 5.00 mmol 0 mmol
change —5.00 mmol —5.00 mmol +5.00 mmol

final 0 mmol 0 mmol 5.00 mmol

C Because the product of the neutralization reaction is a weak base, we must consider the reaction of the weak base with water
to calculate [H+] at equilibrium and thus the final pH of the solution. The initial concentration of acetate is obtained from the
neutralization reaction:

5.00 mmol CH3CO,

=6. 1002 M
(50.00 + 25.00) mL 067 %10

[CH3CO,] =

The equilibrium reaction of acetate with water is as follows:
CH;3CO; (aq) + HoO (1) = CH3CO.H (aq) + OH™ (aq)
The equilibrium constant for this reaction is

Ky

K =
b K,

(4.6.3)

where K, is the acid ionization constant of acetic acid. We therefore define x as [OH~] produced by the reaction of acetate with
water. Here is the completed table of concentrations:

H;0q) + CHsCOy,) = CH;COyH ) + OHy,

completed table of concentrations

[CH3CO,] [CH3COH] [OH™]
initial 0.0667 0 1.00 x 10-7
change =% +x +x
final (0.0667 — x) X X

D We can obtain K3 by substituting the known values into Equation 4.6.3:

K, 1.01x107*

_ —10
B = irax g =010 (4.6.4)

Ky =

Substituting the expressions for the final values from the ICE table into Equation 4.6.4 and solving for z:

z2

0.0667

=5.80 x 10710

z= \/ (5.80 x 1071%)(0.0667)
=6.22 x 1078

Thus [OH~] =6.22 x 107% M and the pH of the final solution is 8.794 (Figure 4.6.3a). As expected for the titration of a weak
acid, the pH at the equivalence point is greater than 7.00 because the product of the titration is a base, the acetate ion, which
then reacts with water to produce OH-.

? Exercise 4.6.2

Calculate the pH of a solution prepared by adding 45.0 mL of a 0.213 M HCI solution to 125.0 mL of a 0.150 M solution of
ammonia. The pK; of ammonia is 4.75 at 25°C.

Answer
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| 9.23

As shown in part (b) in Figure 4.6.3, the titration curve for NH3, a weak base, is the reverse of the titration curve for acetic acid. In
particular, the pH at the equivalence point in the titration of a weak base is less than 7.00 because the titration produces an acid.

The identity of the weak acid or weak base being titrated strongly affects the shape of the titration curve. Figure 4.6.4 illustrates the
shape of titration curves as a function of the pk, or the pK;. As the acid or the base being titrated becomes weaker (its pK, or pKj
becomes larger), the pH change around the equivalence point decreases significantly. With very dilute solutions, the curve becomes
so shallow that it can no longer be used to determine the equivalence point.

14.00 ---
12.00 — _

14.00

12.00

10.00 — 10.00 —
5 Midpoint &
_,E 8.00 pK, =7 L_gn
5 6.00 | 5
T ‘ T
(=} [= %
4.00
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o . |
WY o 42 A e
Volume of NaOH added (mlL) Volume of HCl added (mL)
(a) Weak acids titrated with strong base (b) Weak bases titrated with strong acid

Figure 4.6.4: Effect of Acid or Base Strength on the Shape of Titration Curves. Unlike strong acids or bases, the shape of the
titration curve for a weak acid or base depends on the pK, or pKj of the weak acid or base being titrated. (a) Solution pH as a
function of the volume of 1.00 M NaOH added to 10.00 mL of 1.00 M solutions of weak acids with the indicated pK, values. (b)
Solution pH as a function of the volume of 1.00 M HCI added to 10.00 mL of 1.00 M solutions of weak bases with the indicated
pK, values. The shapes of the two sets of curves are essentially identical, but one is flipped vertically in relation to the other.
Midpoints are indicated for the titration curves corresponding to pK, = 10 and pK; = 10. (CC BY-SA-NC; Anonymous by request)

The titration curves of weak acids with strong base and weak bases titrated with strong acid are inverses of each other. Three weak
acids and three weak bases with pKa and pKb of 4, 7, and 10 are used.

One point in the titration of a weak acid or a weak base is particularly important: the midpoint of a titration is defined as the point
at which exactly enough acid (or base) has been added to neutralize one-half of the acid (or the base) originally present and occurs
halfway to the equivalence point. The midpoint is indicated in Figures 4.6.4a and 4.6.4b for the two shallowest curves. By definition,
at the midpoint of the titration of an acid, [HA] = [A—]. Recall that the ionization constant for a weak acid is as follows:

_ [H:0*][47]
[HA]

K,
If [HA] = [A7], this reduces to K, = [H30%]. Taking the negative logarithm of both sides,
—log K, = —log[H30+]
From the definitions of pK, and pH, we see that this is identical to

pK,=pH (4.6.5)

Thus the pH at the midpoint of the titration of a weak acid is equal to the pK, of the weak acid, as indicated in part (a) in Figure
4.6.4 for the weakest acid where we see that the midpoint for pK, = 10 occurs at pH = 10. Titration methods can therefore be used
to determine both the concentration and the pK, (or the pK;) of a weak acid (or a weak base).

I The pH at the midpoint of the titration of a weak acid is equal to the pK, of the weak acid.

Titrations of Polyprotic Acids or Bases

When a strong base is added to a solution of a polyprotic acid, the neutralization reaction occurs in stages. The most acidic group is
titrated first, followed by the next most acidic, and so forth. If the pK, values are separated by at least three pK, units, then the
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overall titration curve shows well-resolved “steps” corresponding to the titration of each proton. A titration of the triprotic acid
H3PO, with NaOH is illustrated in Figure 4.6.5 and shows two well-defined steps: the first midpoint corresponds to pK,1, and the
second midpoint corresponds to pK,y. Because HPO4®™ is such a weak acid, pK,3 has such a high value that the third step cannot
be resolved using 0.100 M NaOH as the titrant.

14.00

12.00
10.00
=
£ 800
=
= Second midpoint
NS | pH=pK,,=7.21
< 6.00 ' -
ol H,PO,(ag) + OH ™~ (aq) == HPO4* (aq) + H,0(1)
equivalence ©
4.00
2.00

25.0 50.0 75.0 100.0
Volume of NaOH added (mL)

Figure 4.6.5: Titration Curve for Phosphoric Acid (H3PO;,, a Typical Polyprotic Acid. The curve for the titration of 25.0 mL of a

0.100 M H3PO, solution with 0.100 M NaOH along with the species in solution at each Ka is shown. Note the two distinct

equivalence points corresponding to deprotonation of H3PQy at pH ~ 4.6 and H,PO?~ at pH ~ 9.8. Because HPO? is a very weak

acid, the third equivalence point, at pH = 13, is not well defined. (CC BY-SA-NC; Anonymous by request)
The titration curve for the reaction of a polyprotic base with a strong acid is the mirror image of the curve shown in Figure 4.6.5.
The initial pH is high, but as acid is added, the pH decreases in steps if the successive pKj values are well separated. Table E1 lists
the ionization constants and pK, values for some common polyprotic acids and bases.

v/ Example 4.6.3

Calculate the pH of a solution prepared by adding 55.0 mL of a 0.120 M NaOH solution to 100.0 mL of a 0.0510 M solution of
oxalic acid (HO,CCO,H), a diprotic acid (abbreviated as Hyox). Oxalic acid, the simplest dicarboxylic acid, is found in rhubarb
and many other plants. Rhubarb leaves are toxic because they contain the calcium salt of the fully deprotonated form of oxalic
acid, the oxalate ion (0;CCO,%~, abbreviated ox?).Oxalate salts are toxic for two reasons. First, oxalate salts of divalent
cations such as Ca?* are insoluble at neutral pH but soluble at low pH. As a result, calcium oxalate dissolves in the dilute acid
of the stomach, allowing oxalate to be absorbed and transported into cells, where it can react with calcium to form tiny calcium
oxalate crystals that damage tissues. Second, oxalate forms stable complexes with metal ions, which can alter the distribution
of metal ions in biological fluids.

HO 0]
A
VRN
o} OH J
oxalic acid

Given: volume and concentration of acid and base

Asked for: pH
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Strategy:

A. Calculate the initial millimoles of the acid and the base. Use a tabular format to determine the amounts of all the species in
solution.
B. Calculate the concentrations of all the species in the final solution. Determine [H+] and convert this value to pH.

Solution:

A Table ES gives the pK, values of oxalic acid as 1.25 and 3.81. Again we proceed by determining the millimoles of acid and
base initially present:

T (M) 0 e

L

55.00 gLl (0‘120 mmol NaOH ) = 6.60 mmol NaOH

L

The strongest acid (Hsorx) reacts with the base first. This leaves (6.60 — 5.10) = 1.50 mmol of OH~ to react with Hox—,
forming ox?~ and H,0. The reactions can be written as follows:

Hyoxr + OH- — Hox~ + H,0
5.10 mmol  6.60 mmol 5.10 mmol  5.10 mmol

Hoz~ + OH- — oz> + H0
5.10 mmol  1.50 mmol 1.50 mmol 1,50 mmol

In tabular form,

Solutions to Example 17.3.3

Hoox OH~ Hox~ ox?~
initial 5.10 mmol 6.60 mmol 0 mmol 0 mmol
change (step 1) —5.10 mmol —5.10 mmol +5.10 mmol 0 mmol
final (step 1) 0 mmol 1.50 mmol 5.10 mmol 0 mmol
change (step 2) — —1.50 mmol —1.50 mmol +1.50 mmol
final 0 mmol 0 mmol 3.60 mmol 1.50 mmol

B The equilibrium between the weak acid (Hox™) and its conjugate base (0x?~) in the final solution is determined by the
magnitude of the second ionization constant, Ky = 10738 = 1.6 x 107. To calculate the pH of the solution, we need to know
[H*], which is determined using exactly the same method as in the acetic acid titration in Example 4.6.2:

final volume of solution = 100.0mL + 55.0 mL = 155.0mL
Thus the concentrations of Hox~ and ox?~ are as follows:

_ 3.60 mmol Hox~ 9
[Hox ]—W—2.32X10 M

[0 2_] _ 1.50 mmol oz~

- -3
155.0 mL =9.68x107° M

We can now calculate [H+] at equilibrium using the following equation:

_ [
Ka = [Hoz]

Rearranging this equation and substituting the values for the concentrations of Hox™ and ox?-,
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Ku[Hoz™]  (1.6x107%)(232x107%)

= 3.7Tx10* M
[oz*7] (9.68 x 107%)

[E7] =

So
pH = —log[H*] = —log (3.7 x 107*) = 3.43

This answer makes chemical sense because the pH is between the first and second pK, values of oxalic acid, as it must be. We
added enough hydroxide ion to completely titrate the first, more acidic proton (which should give us a pH greater than pK,,),
but we added only enough to titrate less than half of the second, less acidic proton, with pK . If we had added exactly enough
hydroxide to completely titrate the first proton plus half of the second, we would be at the midpoint of the second step in the
titration, and the pH would be 3.81, equal to pKgs.

? Exercise 4.6.3: Piperazine

Piperazine is a diprotic base used to control intestinal parasites (“worms”) in pets and humans. A dog is given 500 mg (5.80
mmol) of piperazine (pKy = 4.27, pKy = 8.67). If the dog’s stomach initially contains 100 mL of 0.10 M HCI (pH = 1.00),
calculate the pH of the stomach contents after ingestion of the piperazine.

piperazine

Answer

pH=4.9

Indicators

In practice, most acid-base titrations are not monitored by recording the pH as a function of the amount of the strong acid or base
solution used as the titrant. Instead, an acid-base indicator is often used that, if carefully selected, undergoes a dramatic color
change at the pH corresponding to the equivalence point of the titration. Indicators are weak acids or bases that exhibit intense
colors that vary with pH. The conjugate acid and conjugate base of a good indicator have very different colors so that they can be
distinguished easily. Some indicators are colorless in the conjugate acid form but intensely colored when deprotonated
(phenolphthalein, for example), which makes them particularly useful.

We can describe the chemistry of indicators by the following general equation:
Hin(aq) = H* (aq) + In" (aq)

where the protonated form is designated by HIn and the conjugate base by In—. The ionization constant for the deprotonation of
indicator HIn is as follows:

[H*][In"]

K = o

(4.6.6)

The pK;, (its pK,) determines the pH at which the indicator changes color.

Many different substances can be used as indicators, depending on the particular reaction to be monitored. For example, red
cabbage juice contains a mixture of colored substances that change from deep red at low pH to light blue at intermediate pH to
yellow at high pH. Similarly, Hydrangea macrophylla flowers can be blue, red, pink, light purple, or dark purple depending on the
soil pH (Figure 4.6.6). Acidic soils will produce blue flowers, whereas alkaline soils will produce pinkish flowers.

Trrespective of the origins, a good indicator must have the following properties:

o The color change must be easily detected.
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e The color change must be rapid.

o The indicator molecule must not react with the substance being titrated.

o To minimize errors, the indicator should have a pKj, that is within one pH unit of the expected pH at the equivalence point of
the titration.

Figure 4.6.6: Naturally occurring pH indicators can be found in red cabbage and Hydrangea macrophylla flowers. Red Cabbage

image (CC BY-SA 3.0; KENPEI via Wikipedia) and Hydrangea macrophylla flowers (pixabay).
Synthetic indicators have been developed that meet these criteria and cover virtually the entire pH range. Figure 4.6.7 shows the
approximate pH range over which some common indicators change color and their change in color. In addition, some indicators
(such as thymol blue) are polyprotic acids or bases, which change color twice at widely separated pH values.

Indicator pK;, Colorchange 120 —
Alizarin yellow R 110 yellow to red 11.0
Thymolphthalein 99 colorless to blue e ]
Phenolphthalein 95  colorless to pink 4 . ||
Thymol blue 92  yellow to blue 9.0
Phenol red 74 yellow to red 8.0 — —_
Bromothymolblue 7.3 yellow to blue = =y il
Bromocresol purple 6.4  yellow to purple E .
Ethyl red 54  colorless tored £ 60 I —
Resorcin blue 53 redtoblue & 50 —
Resazurin 5.1 orange to violet 4.0 - .
Methyl red 50 redtoyellow 3.0
Bromophenol blue 4.1 yellow to blue ’
2.0
Thymol blue 1.7  redtoyellow . - N
Malachite green 1.3 yellow to turquoise 1.0+
Methyl violet 08  yellow to blue B — ; : : — . —
& £ F > & A& & I F & 2
FEF T TS T EST T
S & FEFE FadSE FE L
& F T &FEF o TSN
v N f 2 & & & & &
& £ & & & W
Q}’\o Q)\oé\ b3 ¥

Figure 4.6.7: Some Common Acid-Base Indicators. Approximate colors are shown, along with pKj, values and the pH range over

which the color changes. (CC BY-SA-NC; Anonymous by request)
It is important to be aware that an indicator does not change color abruptly at a particular pH value; instead, it actually undergoes a
pH titration just like any other acid or base. As the concentration of HIn decreases and the concentration of In— increases, the color
of the solution slowly changes from the characteristic color of HIn to that of In—. As we will see later, the [In—]/[HIn] ratio changes
from 0.1 at a pH one unit below pKin to 10 at a pH one unit above pKin. Thus most indicators change color over a pH range of
about two pH units.

We have stated that a good indicator should have a pKin value that is close to the expected pH at the equivalence point. For a
strong acid-strong base titration, the choice of the indicator is not especially critical due to the very large change in pH that occurs
around the equivalence point. In contrast, using the wrong indicator for a titration of a weak acid or a weak base can result in
relatively large errors, as illustrated in Figure 4.6.8. This figure shows plots of pH versus volume of base added for the titration of
50.0 mL of a 0.100 M solution of a strong acid (HCIl) and a weak acid (acetic acid) with 0.100 M NeOH. The pH ranges over
which two common indicators (methyl red, pKi, = 5.0, and phenolphthalein, pK;, = 9.5) change color are also shown. The
horizontal bars indicate the pH ranges over which both indicators change color cross the HCI titration curve, where it is almost
vertical. Hence both indicators change color when essentially the same volume of NaOH has been added (about 50 mL), which
corresponds to the equivalence point. In contrast, the titration of acetic acid will give very different results depending on whether
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methyl red or phenolphthalein is used as the indicator. Although the pH range over which phenolphthalein changes color is slightly
greater than the pH at the equivalence point of the strong acid titration, the error will be negligible due to the slope of this portion
of the titration curve. Just as with the HCI titration, the phenolphthalein indicator will turn pink when about 50 mL of NaOH has
been added to the acetic acid solution. In contrast, methyl red begins to change from red to yellow around pH 5, which is near the
midpoint of the acetic acid titration, not the equivalence point. Adding only about 25-30 mL of NaOH will therefore cause the
methyl red indicator to change color, resulting in a huge error.

pH of solution pH of solution
14.0 — 14.0
12.0 H —12.0
10.0 10.0
Phenolphthalein @J
pH 8.2—-10.0, pKj,, 9.5 Equivalence -
8.0 point 80 8
— Equivalence
& point
‘ 6 ) —6.0
-
)
y Midpoint
4.0
Weak acid
2.0 - —2.0
Strong acid
Midpoint
0 T i T T 00
methyl 10.0 20.0 300 40.0 50.0 60.0 phenol-
red Volume of NaOH added (mL) phthalein

Figure 4.6.8: Choosing the Correct Indicator for an Acid—Base Titration. (CC BY-SA-NC; Anonymous by request)

If the pH of the solution is between 4.95 and 6 then methyl red should be used. If the pH is between 8,2 and 10 then

phenolphthalein should be used.
The graph shows the results obtained using two indicators (methyl red and phenolphthalein) for the titration of 0.100 M solutions
of a strong acid (HCI) and a weak acid (acetic acid) with 0.100 M NaeOH. Due to the steepness of the titration curve of a strong
acid around the equivalence point, either indicator will rapidly change color at the equivalence point for the titration of the strong
acid. In contrast, the pKin for methyl red (5.0) is very close to the pK, of acetic acid (4.76); the midpoint of the color change for
methyl red occurs near the midpoint of the titration, rather than at the equivalence point.

In general, for titrations of strong acids with strong bases (and vice versa), any indicator with a pKin between about 4.0 and 10.0
will do. For the titration of a weak acid, however, the pH at the equivalence point is greater than 7.0, so an indicator such as
phenolphthalein or thymol blue, with pKin > 7.0, should be used. Conversely, for the titration of a weak base, where the pH at the
equivalence point is less than 7.0, an indicator such as methyl red or bromocresol blue, with pKin < 7.0, should be used.

The existence of many different indicators with different colors and pKin values also provides a convenient way to estimate the pH
of a solution without using an expensive electronic pH meter and a fragile pH electrode. Paper or plastic strips impregnated with
combinations of indicators are used as “pH paper,” which allows you to estimate the pH of a solution by simply dipping a piece of
pH paper into it and comparing the resulting color with the standards printed on the container (Figure 4.6.9).
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Figure 4.6.9: pH Paper. pH paper contains a set of indicators that change color at different pH values. The approximate pH of a
solution can be determined by simply dipping a paper strip into the solution and comparing the color to the standards provided. (CC
BY-SA-NC; Anonymous by request)

pH Indicators: [youtu.be]

Summary and Takeaway

Plots of acid-base titrations generate titration curves that can be used to calculate the pH, the pOH, the pK,, and the pKj of the
system. The shape of a titration curve, a plot of pH versus the amount of acid or base added, provides important information about
what is occurring in solution during a titration. The shapes of titration curves for weak acids and bases depend dramatically on the
identity of the compound. The equivalence point of an acid-base titration is the point at which exactly enough acid or base has
been added to react completely with the other component. The equivalence point in the titration of a strong acid or a strong base
occurs at pH 7.0. In titrations of weak acids or weak bases, however, the pH at the equivalence point is greater or less than 7.0,
respectively. The pH tends to change more slowly before the equivalence point is reached in titrations of weak acids and weak
bases than in titrations of strong acids and strong bases. The pH at the midpoint, the point halfway on the titration curve to the
equivalence point, is equal to the pK, of the weak acid or the pKj of the weak base. Thus titration methods can be used to
determine both the concentration and the pK, (or the pK3) of a weak acid (or a weak base). Acid—base indicators are compounds
that change color at a particular pH. They are typically weak acids or bases whose changes in color correspond to deprotonation or
protonation of the indicator itself.

is shared under a license and was authored, remixed, and/or curated by LibreTexts.
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CHAPTER OVERVIEW

Unit 4: Applied Acid Base Chemistry and Aqueous Equilibrium
Unit 4 Objectives

By the end of this unit, you will be able to:

Calculate pH of a polyprotic acid solution

Describe the acid/base properties of ions and salts

Describe buffers and how they work using the common ion effect and Le Chatelier's Principle
Use Henderson Hasselbalch equation to build buffer systems

Calculate pH of buffers (initially and after added acid or base)

Describe the process of acid/base titration and identify specific points of a titration curve
Mathematically describe SA/SB, WA/SB and SA/WB titration

Use different techniques to monitor acid/base titrations

4.1: Polyprotic Acids

4.2: The Acid-Base Properties of Ions and Salts
4.3: Acid rain

4.4: Buffers- Solutions That Resist pH Change
4.5: Titrations and pH Curves

Unit 4: Applied Acid Base Chemistry and Aqueous Equilibrium is shared under a not declared license and was authored, remixed, and/or curated
by LibreTexts.
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4.1: Polyprotic Acids

4b Learning Objectives

o Extend previously introduced equilibrium concepts to acids and bases that may donate or accept more than one proton
We can classify acids by the number of protons per molecule that they can give up in a reaction. Acids such as HCl, HNOj, and
HCN that contain one ionizable hydrogen atom in each molecule are called monoprotic acids. Their reactions with water are:
HCl(ag) + H20(l) — H30% (ag) + Cl (agq)
HNO;3(ag) + H,0(!) — H30™ (ag) + NO3 ™ (ag)
HCN(ag) + H,O(l) — H307"(ag) + CN~(ag)

Even though it contains four hydrogen atoms, acetic acid, CH3CO.H, is also monoprotic because only the hydrogen atom from the
carboxyl group (—COOH) reacts with bases:

H O H O
H—Cl—g—O—H + HO0 =———= HO" + H—é—g—o

H H

CH,COOH(aq) +  HO() == HO'aq + CH,CO0(aqg)

This image contains two equilibrium reactions. The first shows a C atom bonded to three H atoms and another C atom. The second
C atom is double bonded to an O atom and also forms a single bond to another O atom. The second O atom is bonded to an H atom.
There is a plus sign and then the molecular formula H subscript 2 O. An equilibrium arrow follows the H subscript 2 O. To the right
of the arrow is H subscript 3 O superscript positive sign. There is a plus sign. The final structure shows a C atom bonded the three
H atoms and another C atom. This second C atom is double bonded to an O atom and single bonded to another O atom. The entire
structure is in brackets and a superscript negative sign appears outside the brackets. The second reaction shows C H subscript 3 C O
O H (aq) plus H subscript 2 O (1) equilibrium arrow H subscript 3 O (a q ) plus C H subscript 3 C O O superscript negative sign
(aq).

Similarly, monoprotic bases are bases that will accept a single proton.

Diprotic Acids

Diprotic acids contain two ionizable hydrogen atoms per molecule; ionization of such acids occurs in two steps. The first ionization
always takes place to a greater extent than the second ionization. For example, sulfuric acid, a strong acid, ionizes as follows:

o The first ionization is

H,S04(aq) + H20(1) = H307(aq) + HSO4 ™ (aq)
with K,; > 10?; complete dissociation.
o The second ionization is

HS0,4 (ag) + HO(l) = H307 (ag) + 5042 (aq)
with Ka2 = 1.2 x 1072,

This stepwise ionization process occurs for all polyprotic acids. When we make a solution of a weak diprotic acid, we get a solution
that contains a mixture of acids. Carbonic acid, HyCO3, is an example of a weak diprotic acid. The first ionization of carbonic acid
yields hydronium ions and bicarbonate ions in small amounts.

o First Ionization
H,CO3(ag) + H20(1) = H30%(ag) + HCO3™ (aq)

with

@ https://chem.libretexts.org/@go/page/207328


https://libretexts.org/
https://chem.libretexts.org/@go/page/207328?pdf
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/04%3A_Applied_Acid_Base_Chemistry_and_Aqueous_Equilibrium/4.01%3A_Polyprotic_Acids

LibreTexts"

[H30+][HCO3-]

=43x1077
[H2003] X

Kn,c05 =

The bicarbonate ion can also act as an acid. It ionizes and forms hydronium ions and carbonate ions in even smaller quantities.
o Second Ionization

HCO;3™ (aq) + HoO(l) = H3O0 (aq) + CO32_(aq)
with

_ [H30+][C03*—]

Kyco,- = =47x1071
HCOs [HCO3—] Tx10

Ku,co, is larger than Kyuco,- by a factor of 104, so H,COj is the dominant producer of hydronium ion in the solution. This means
that little of the HCO3~ formed by the ionization of H,CO3 ionizes to give hydronium ions (and carbonate ions), and the
concentrations of H3O" and HCO;~ are practically equal in a pure aqueous solution of HyCOs.

If the first ionization constant of a weak diprotic acid is larger than the second by a factor of at least 20, it is appropriate to treat the
first ionization separately and calculate concentrations resulting from it before calculating concentrations of species resulting from
subsequent ionization. This can simplify our work considerably because we can determine the concentration of H3O" and the
conjugate base from the first ionization, then determine the concentration of the conjugate base of the second ionization in a
solution with concentrations determined by the first ionization.

v Example 4.1.1: lonization of a Diprotic Acid

When we buy soda water (carbonated water), we are buying a solution of carbon dioxide in water. The solution is acidic
because CO, reacts with water to form carbonic acid, HyCO3. What are [H30%], [HCO3~ ], and [CO32" ] in a saturated solution
of CO; with an initial [HoCO3] = 0.033 M?

H,CO03(aq) + H20(l) = H30%(ag) + HCO3 (ag) K (equilibrium step 1)
=43x1077

HCO3™ (ag) + HoO(l) = H30% (aq) + COs* (ag) Ko (equilibrium step 2)
=47x107"

Solution
As indicated by the ionization constants, H,CO5 is a much stronger acid than HCO3~, so HoCOj is the dominant producer of
hydronium ion in solution. Thus there are two parts in the solution of this problem:

1. Using the customary four steps, we determine the concentration of H;O* and HCO3~ produced by ionization of H,COs.
2. Then we determine the concentration of CO42%~ in a solution with the concentration of H;0* and HCO3;~ determined in (1).

To summarize:

[H2CO3] [H30"] and [HCO3] [CO5% ] from
from H,CO3 HCO5;~

Four tan rectangles are shown that are connected with right pointing arrows. The first is labeled “left bracket H subscript 2 C O
subscript 3 right bracket.” The second is labeled “left bracket H subscript 3 O superscript plus right bracket and left bracket H
C O subscript 3 superscript negative right bracket from H subscript 2 C O subscript 3.” The third is labeled “left bracket C O
subscript 3 superscript 2 negative right bracket from H C O subscript 3 superscript negative.”

1. First Ionization: Determine the concentrations of H30™ and HCO3 .

Since equilibrium step 1 is has a much bigger K,; =4.3 x 1077 than K,, = 4.7 x 107! for equilibrium step 2, we can safely
ignore the second ionization step and focus only on the first step (but address it in next part of problem).

H,CO03(aq) + H0()) = H30% (ag) + HCO3 (ag) Ka = 4.3 x 1077
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As for the ionization of any other weak acid:

Determine the Determine x and Solve for x and Check the math.
direction of the equilibrium the equilibrium
change. concenfrations. concentrations.

Four tan rectangles are shown that are connected with right pointing arrows. The first is labeled “Determine the direction of
change.” The second is labeled “Determine x and the equilibrium concentrations.” The third is labeled “Solve for x and the
equilibrium concentrations.” The fourth is labeled “Check the math.”

An abbreviated table of changes and concentrations shows:

Abbreviated table of changes and concentrations

ICE Table H,CO;3(aq) H,0(l) H;50%(ag) HCO; (aq)

Initial (M) 0.033 M - 0 0

Change (M) —x - +z +z
Equilibrium (M) 0.033M —z - T z

Substituting the equilibrium concentrations into the equilibrium constant gives us:

[H3O+][HCO3—]  (z)(z)

_ —7
[@2003]  _ 0033—g _ 3x10

Kn,co, =

Solving the preceding equation making our standard assumptions gives:
z=12x10"*
Thus:
[H,CO3] = 0.033 M
[H30%] = [HCO;~ | =12x10* M
2. Second Ionization: Determine the concentration of CO3~ in a solution at equilibrium.

Since the equilibrium step 1 is has a much bigger K, than equilibrium step 2, we can the equilibrium conditions calculated from
first part of example as the initial conditions for an ICER Table for the equilibrium step 2:

HCO;™ (ag) + H20(l) = H30" (ag) + CO32 (ag)

ICER Table for the equilibrium step 2:

ICE Table HCO3 (aqg) H,0(l) H307"(agq) CO3%(ag)
Initial (M) 12x 10~ M - 12x107* M 0
Change (M) —y = +y +y
Equilibrium (M) 12x104*M—y - 12x107* M+y y
Kacos = [H30+][C032—]
[HCO3—]

_ (12x10* M +y)(y)
(1.2x 1074 M —y)

To avoid solving a quadratic equation, we can assume y « 1.2 x 107 M so
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(1.2 x 107 M)(y)

Krco,- =4.7x 107
HO0s (1.2 x 10~ M)
Rearranging to solve for y

_ (47x107M)(1.2 x 107 M)
v 12x1074 M

[CO3%> | =y~ 4.7x 1071
To summarize:

In part 1 of this example, we found that the H,COj in a 0.033-M solution ionizes slightly and at equilibrium [H2CO3] = 0.033
M, [H30%] = 1.2 x 1074, and [HCO3;~ ] = 1.2 x 10~* M. In part 2, we determined that [CO3%" ] = 5.6 x 107! M.

? Exercise 4.1.2: Hydrogen Sulfide

The concentration of H2S in a saturated aqueous solution at room temperature is approximately 0.1 M. Calculate [H3O%], [HS],
and [S2-] in the solution:

H,S(aq) + HoO(l) = H30% (aq) + HS (ag) K =8.9 x 1078
HS™ (ag) + HyO(l) = H30% (ag) +S* (aq) K.z =1.0x 10719
Answer
[H.S] = 0.1M, [H30] = [HS~] = 0.0001 M, [S* | =1x 1071 M

We note that the concentration of the sulfide ion is the same as Kg,. This is due to the fact that each subsequent dissociation
occurs to a lesser degree (as acid gets weaker).

Triprotic Acids
A triprotic acid is an acid that has three dissociable protons that undergo stepwise ionization: Phosphoric acid is a typical example:
o The first ionization is

H3POy(ag) + Hy0(l) = H30"(ag) + HyPO4 ™ (aq)
with Ky = 7.5 x 1072,
e The second ionization is

H,PO4 "~ (aq) + HoO(l) = H30% (aq) + HPO4* (aq)
with K, = 6.2 x 1078,
o The third ionization is

HPO,%* (ag) + H20() = H30" (ag) + PO (aq)
with Kas = 4.2 x 10713,

As with the diprotic acids, the differences in the ionization constants of these reactions tell us that in each successive step the
degree of ionization is significantly weaker. This is a general characteristic of polyprotic acids and successive ionization constants
often differ by a factor of about 10° to 10°. This set of three dissociation reactions may appear to make calculations of equilibrium
concentrations in a solution of H3PO,4 complicated. However, because the successive ionization constants differ by a factor of 10°
to 108, the calculations can be broken down into a series of parts similar to those for diprotic acids.

Polyprotic bases can accept more than one hydrogen ion in solution. The carbonate ion is an example of a diprotic base, since it can
accept up to two protons. Solutions of alkali metal carbonates are quite alkaline, due to the reactions:

H,0(1) + CO3% (aq) = HCO3~ (ag) + OH (aq)
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and

H,0(1) + HCO3™ (aq) = H2CO3(aq) + OH™ (ag)

Summary

An acid that contains more than one ionizable proton is a polyprotic acid. The protons of these acids ionize in steps. The differences
in the acid ionization constants for the successive ionizations of the protons in a polyprotic acid usually vary by roughly five orders
of magnitude. As long as the difference between the successive values of K, of the acid is greater than about a factor of 20, it is
appropriate to break down the calculations of the concentrations of the ions in solution into a series of steps.

Glossary

diprotic acid

acid containing two ionizable hydrogen atoms per molecule. A diprotic acid ionizes in two steps

diprotic base

base capable of accepting two protons. The protons are accepted in two steps

monoprotic acid

acid containing one ionizable hydrogen atom per molecule

stepwise ionization
process in which an acid is ionized by losing protons sequentially

triprotic acid
acid that contains three ionizable hydrogen atoms per molecule; ionization of triprotic acids occurs in three steps

4.1: Polyprotic Acids is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

e 14.5: Polyprotic Acids by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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4.2: The Acid-Base Properties of lons and Salts

4b Learning Objectives

o To recognize salts that will produce acidic, basic, or neutral solutions in water
e To understand the Lewis acidity of small, highly-charged metal ions in water

A neutralization reaction can be defined as the reaction of an acid and a base to produce a salt and water. That is, another cation,
such as Na*, replaces the proton on the acid. An example is the reaction of CH3CO,H, a weak acid, with NaOH, a strong base:

H,0
CH3COHyy + NaOH ;) — HyOCH3CO05Na o) + H20y
acid base salt water
Depending on the acid-base properties of its component ions, however, a salt can dissolve in water to produce a neutral solution, a
basic solution, or an acidic solution.

When a salt such as NaCl! dissolves in water, it produces Nazraq) and Cl,, ions. Using a Lewis approach, the Na* ion can be viewed
as an acid because it is an electron pair acceptor, although its low charge and relatively large radius make it a very weak acid. The
Cl~ ion is the conjugate base of the strong acid HCI, so it has essentially no basic character. Consequently, dissolving NaCl in

water has no effect on the pH of a solution, and the solution remains neutral.

Now let's compare this behavior to the behavior of aqueous solutions of potassium cyanide and sodium acetate. Again, the cations (
K+ and Nat) have essentially no acidic character, but the anions (CN~ and CH;COyj) are weak bases that can react with water
because they are the conjugate bases of the weak acids HCN and acetic acid, respectively.

CN;

(aq) —+ HzO(l) = HCN(aq) +OH;

(ag)

CH3C03,, + H:0q) & CH3;CO3H g + OH

Neither reaction proceeds very far to the right as written because the formation of the weaker acid—base pair is favored. Both HCN
and acetic acid are stronger acids than water, and hydroxide is a stronger base than either acetate or cyanide, so in both cases, the
equilibrium lies to the left. Nonetheless, each of these reactions generates enough hydroxide ions to produce a basic solution. For
example, the pH of a 0.1 M solution of sodium acetate or potassium cyanide at 25°C is 8.8 or 11.1, respectively. From Table 4.2.1
and Figure 4.2.1, we can see that CN~ is a stronger base (pKj = 4.79) than acetate (pK; = 9.24), which is consistent with KCN
producing a more basic solution than sodium acetate at the same concentration.

In contrast, the conjugate acid of a weak base should be a weak acid (Equation 4.2.1). For example, ammonium chloride and
pyridinium chloride are salts produced by reacting ammonia and pyridine, respectively, with HCI. As you already know, the
chloride ion is such a weak base that it does not react with water. In contrast, the cations of the two salts are weak acids that react
with water as follows:

NH{,, + H0¢) < HHjqg) + H30(,,, (4.2.1)
CsHsNHg, + H0() = CsHsNHg) + H3O, (4.2.2)

Equation 4.2.1 indicates that H3O™ is a stronger acid than either NH;} or CsH; NH*, and conversely, ammonia and pyridine are
both stronger bases than water. The equilibrium will therefore lie far to the left in both cases, favoring the weaker acid-base pair.
The H30" concentration produced by the reactions is great enough, however, to decrease the pH of the solution significantly: the
pH of a 0.10 M solution of ammonium chloride or pyridinium chloride at 25°C is 5.13 or 3.12, respectively. This is consistent with
the information shown in Figure 16.2, indicating that the pyridinium ion is more acidic than the ammonium ion.

What happens with aqueous solutions of a salt such as ammonium acetate, where both the cation and the anion can react separately
with water to produce an acid and a base, respectively? According to Figure 16.10, the ammonium ion will lower the pH, while
according to Equation 4.2.2, the acetate ion will raise the pH. This particular case is unusual, in that the cation is as strong an acid
as the anion is a base (pKa = pKb). Consequently, the two effects cancel, and the solution remains neutral. With salts in which the
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cation is a stronger acid than the anion is a base, the final solution has a pH < 7.00. Conversely, if the cation is a weaker acid than
the anion is a base, the final solution has a pH > 7.00.

Solutions of simple salts of metal ions can also be acidic, even though a metal ion cannot donate a proton directly to water to
produce H3O™. Instead, a metal ion can act as a Lewis acid and interact with water, a Lewis base, by coordinating to a lone pair of
electrons on the oxygen atom to form a hydrated metal ion (part (a) in Figure 4.2.1). A water molecule coordinated to a metal ion is
more acidic than a free water molecule for two reasons. First, repulsive electrostatic interactions between the positively charged
metal ion and the partially positively charged hydrogen atoms of the coordinated water molecule make it easier for the coordinated
water to lose a proton.

i T
vz 3+ \ < i RN
HOH \ I H A
H,0., | .OH, H,O . | .OH, |
YAl O — PAIL + O,
HZQ, | \QHQ L HH HzQ,/ | ‘QH;; s \HH
OH, OH,
TAIH 01 (aq) H, ol TAIH,01,0HT ag) HaO"aq)

Figure 4.2.1. With less electron density between the O atoms and the H atoms, the O—H bonds are weaker than in a free H.O
molecule, making it easier to lose a H+ ion.

O-H bonds

elactron density weakened

shilts toward
aluminum ion

o 3+
OH,
. . H0 0, o OHy
:\I‘ ! 6?H2 T QT oM,
eWIs eWIS
acid base | QHZ n
TAIH0)61**
-!‘
[AlH, 0},

(a) (b)

Figure 4.2.1: Effect of a Metal Ion on the Acidity of Water (a) Reaction of the metal ion Ai3+ with water to form the hydrated metal
ion is an example of a Lewis acid—base reaction. (b) The positive charge on the aluminum ion attracts electron density from the
oxygen atoms, which shifts electron density away from the O-H bonds. The decrease in electron density weakens the O—H bonds
in the water molecules and makes it easier for them to lose a proton.

On the left is the reaction of Al three plus with six OH2 which produces [AL(H20)6] three plus. On the right is the molecular
structure of [Al(H20)6] three plus.

The magnitude of this effect depends on the following two factors (Figure 4.2.2):

1. The charge on the metal ion. A divalent ion (M?+) has approximately twice as strong an effect on the electron density in a
coordinated water molecule as a monovalent ion (M) of the same radius.

2. The radius of the metal ion. For metal ions with the same charge, the smaller the ion, the shorter the internuclear distance to the
oxygen atom of the water molecule and the greater the effect of the metal on the electron density distribution in the water

molecule.
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Figure 4.2.2: The Effect of the Charge and Radius of a Metal Ion on the Acidity of a Coordinated Water Molecule. The contours
show the electron density on the O atoms and the H atoms in both a free water molecule (left) and water molecules coordinated to
Nat, Mg?t, and A3+ ions. These contour maps demonstrate that the smallest, most highly charged metal ion (A;3*) causes the
greatest decrease in electron density of the O—H bonds of the water molecule. Due to this effect, the acidity of hydrated metal ions
increases as the charge on the metal ion increases and its radius decreases.

Thus aqueous solutions of small, highly charged metal ions, such as A3t and Fe3*, are acidic:

[A(H0)6]3) = [AU(H20)5(OH)) + HE, (4.2.3)

The [Al(H20)g]3* ion has a pK, of 5.0, making it almost as strong an acid as acetic acid. Because of the two factors described
previously, the most important parameter for predicting the effect of a metal ion on the acidity of coordinated water molecules is
the charge-to-radius ratio of the metal ion. A number of pairs of metal ions that lie on a diagonal line in the periodic table, such as
Li* and Mg** or Ca*" and Y3t, have different sizes and charges, but similar charge-to-radius ratios. As a result, these pairs of
metal ions have similar effects on the acidity of coordinated water molecules, and they often exhibit other significant similarities in
chemistry as well.

I Solutions of small, highly charged metal ions in water are acidic.

Reactions such as those discussed in this section, in which a salt reacts with water to give an acidic or basic solution, are often
called hydrolysis reactions. Using a separate name for this type of reaction is unfortunate because it suggests that they are somehow
different. In fact, hydrolysis reactions are just acid—base reactions in which the acid is a cation or the base is an anion; they obey the
same principles and rules as all other acid—base reactions.

I A hydrolysis reaction is an acid—base reaction.

v/ Example 4.2.1

Predict whether aqueous solutions of these compounds are acidic, basic, or neutral.

d. KN03
b. CrBrscdotH,0
C. Na,gSO4

Given: compound
Asked for: acidity or basicity of aqueous solution
Strategy:

A. Assess the acid—base properties of the cation and the anion. If the cation is a weak Lewis acid, it will not affect the pH of
the solution. If the cation is the conjugate acid of a weak base or a relatively highly charged metal cation, however, it will
react with water to produce an acidic solution.

B. f the anion is the conjugate base of a strong acid, it will not affect the pH of the solution. If, however, the anion is the
conjugate base of a weak acid, the solution will be basic.

Solution:
a

A. The K™ cation has a small positive charge (+1) and a relatively large radius (because it is in the fourth row of the periodic
table), so it is a very weak Lewis acid.
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B. The NO;— anion is the conjugate base of a strong acid, so it has essentially no basic character (Table 16.1). Hence neither
the cation nor the anion will react with water to produce H* or OH —, and the solution will be neutral.

b.

A. The Cr3* ion is a relatively highly charged metal cation that should behave similarly to the AI** ion and form the
[Cr(H20)6)3* complex, which will behave as a weak acid:

Cr(H20)e]3, ~ Cr(H20)5(OH)|(r) + HY )

B. The Br~ anion is a very weak base (it is the conjugate base of the strong acid HBr), so it does not affect the pH of the
solution. Hence the solution will be acidic.

C.

A. The Na* ion, like the K, is a very weak acid, so it should not affect the acidity of the solution.
B. In contrast, SO3~ is the conjugate base of HSO, which is a weak acid. Hence the O3~ ion will react with water as shown
in Figure 16.6 to give a slightly basic solution.

? Exercise 4.2.1

Predict whether aqueous solutions of the following are acidic, basic, or neutral.
a. K1
b. Mg(ClOy)2
c. NaHS
Answer a
neutral
Answer b
acidic
Answer c

basic (due to the reaction of HS~ with water to form HyS and OH™)

Summary

A salt can dissolve in water to produce a neutral, a basic, or an acidic solution, depending on whether it contains the conjugate base
of a weak acid as the anion (A™), the conjugate acid of a weak base as the cation (BH™), or both. Salts that contain small, highly
charged metal ions produce acidic solutions in water. The reaction of a salt with water to produce an acidic or a basic solution is
called a hydrolysis reaction.

Key Takeaways
e Acid-base reactions always contain two conjugate acid—base pairs.
o Each acid and each base has an associated ionization constant that corresponds to its acid or base strength.

4.2: The Acid-Base Properties of lons and Salts is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

« 16.9: Acid-Base Properties of Salt Solutions is licensed CC BY-NC-SA 3.0.
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4.3: Acid rain
5.12: Enthalpy

4.3: Acid rain is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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4.4: Buffers- Solutions That Resist pH Change

4P Learning Objectives

o Recognize common ions from various salts, acids, and bases.
o Calculate concentrations involving common ions.
o Calculate ion concentrations involving chemical equilibrium.

The common-ion effect is used to describe the effect on an equilibrium involving a substance that adds an ion that is a part of the equilibrium.

Introduction

The solubility products Kgp's are equilibrium constants in heterogeneous equilibria (i.e., between two different phases). If several salts are present in a system, they all ionize in the solution. If the salts
contain a common cation or anion, these salts contribute to the concentration of the common ion. Contributions from all salts must be included in the calculation of concentration of the common ion.
For example, a solution containing sodium chloride and potassium chloride will have the following relationship:

[Na*] + [K*] = [CI7] (4.4.1)
Consideration of charge balance or mass balance or both leads to the same conclusion.
Common lons
‘When NaCl and KCl are dissolved in the same solution, the C1~ ions are common to both salts. In a system containing NaCl and KCL, the C1~ ions are common ions.
NaCl & Na* + ClI™
KCl=K*+Cl™
CaCly = Ca?t +2C1-
AICI; = AI** +3C1-
AgCl= Agt +Cl-

For example, when AgCl is dissolved into a solution already containing NaCl (actually Nat and CI- ions), the C1~ ions come from the ionization of both AgCl and NaCl. Thus, [C1~ ] differs from [Ag*].
The following examples show how the concentration of the common ion is calculated.

v Example 4.4.1

What are [Na+], [CI" ], [Ca%*], and [H*] in a solution containing 0.10 M each of NaCl, CaClz, and HCI?

Solution
Due to the conservation of ions, we have

[Na*] = [Ca®*] = [H*] =0.10M
but

[CI” ] = 0.10 (due to NaCl)
+0.20 (due to CaCly)
+0.10 (due to HCI)

= 040M

? Exercise 4.4.1

John poured 10.0 mL of 0.10 M NaCl, 10.0 mL of 0.10 M KOH, and 5.0 mL of 0.20 M HC! solutions together and then he made the total volume to be 100.0 mL. What is [Cl~ ] in the final
solution?

Solution

. 01Mx10mL+0.2M x 5.0mL
[e= 100.0 mL =@

Le Chatelier's Principle states that if an equilibrium becomes unbalanced, the reaction will shift to restore the balance. If a common ion is added to a weak acid or weak base equilibrium, then the
equilibrium will shift towards the reactants, in this case the weak acid or base.

v Example 4 lubility of Lead Chloride

Consider the lead(II) ion concentration in this saturated solution of PbCl,. The balanced reaction is
PbCly) = P”?:;) +200,,
Defining s as the concentration of dissolved lead(II) chloride, then:
[Pp**] =5
[CIm]=2s
These values can be substituted into the solubility product expression, which can be solved for s:
K, = [Pb*][C17]? (44.2)
=35 x (25)? (4.4.3)
1.7x107° =44° (4.4.9)
—5
B L7 x410 (44.5)
=4.25x1078 (4.4.6)
s=v425x1078 (44.7)
=1.62 x 1072 mol dm™3 (44.8)
The concentration of lead(II) ions in the solution is 1.62 x 10 M. Consider what happens if sodium chloride is added to this saturated solution. Sodium chloride shares an ion with lead(IT)
chloride. The chloride ion is common to both of them; this is the origin of the term "common ion effect".
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Look at the original equilibrium expression again:
PbCly (s) = Pb* (aq) + 201~ (aq)

‘What happens to that equilibrium if extra chloride ions are added? According to , the position of equilibrium will shift to counter the change, in this case, by removing the chloride
ions by making extra solid lead(II) chloride.

Of course, the concentration of lead(II) ions in the solution is so small that only a tiny proportion of the extra chloride ions can be converted into solid lead(II) chloride. The lead(II) chloride
becomes even less soluble, and the concentration of lead(II) ions in the solution decreases. This type of response occurs with any sparingly soluble substance: it is less soluble in a solution which
contains any ion which it has in common. This is the common ion effect.

v Example 4.4.3

If an attempt is made to dissolve some lead(II) chloride in some 0.100 M sodium chloride solution instead of in water, what is the equilibrium concentration of the lead(II) ions this time? As
before, define s to be the concentration of the lead(II) ions.

[Py =3 (4.4.9)

The calculations are different from before. This time the concentration of the chloride ions is governed by the concentration of the sodium chloride solution. The number of ions coming from the
lead(II) chloride is going to be tiny compared with the 0.100 M coming from the sodium chloride solution.

In calculations like this, it can be assumed that the concentration of the common ion is entirely due to the other solution. This simplifies the calculation.
So we assume:
[c1] =0.100 M (4.4.10)
The rest of the mathematics looks like this:
Ky = [PY*][CIT]

=5 x (0.100)%
1.7 x 10~ = s x 0.00100

therefore:
_ L7x107°
~0.0100 (4.4.11)
=17x107°M
Finally, compare that value with the simple saturated solution:
Original solution:
[Pp**] = 0.0162 M (4.4.12)
Solution in 0.100 M NaCl solution:
[Pb?**] = 0.0017 M (4.4.13)

The concentration of the lead(II) ions has decreased by a factor of about 10. If more concentrated solutions of sodium chloride are used, the solubility decreases further.

A Video Discussing Finding the Solubility of a Salt: [youtu.be]

Common lon Effect with Weak Acids and Bases

Adding a common ion prevents the weak acid or weak base from ionizing as much as it would without the added common ion. The common ion effect suppresses the ionization of a weak acid by
adding more of an ion that is a product of this equilibrium.

I Adding a common ion to a system at equilibrium affects the equilibrium composition, but not the ionization constant.

The common ion effect of H30" on the ionization of acetic acid
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HC:H,0, + H,0 —— H,0'+ (H,0,

a—

HC2H302 reactions with H20 to produce H30 plus and C2H3 O2 minus. If more H30 plus is added to the reaction, the equilibrium would shift to form
more HC2H302.

When a strong acid supplies the common ion HzO* the equilibrium shifts to form more HC,H30,.

The common ion effect suppresses the ionization of a weak base by adding more of an ion that is a product of this equilibrium. Now consider the common ion effect of OH~ on the ionization of
ammonia

NH; + HO ————= NHj+ OH~

‘When a strong base supplies the common ion OH™ the equilibrium shifts to form more NHj.
NH3 reacts with H2 O to produce NH4 plus and QH minus. If more OH minus is added to the reaction, the equilibrium would shifts to form more NH3.

Adding the common ion of hydroxide shifts the reaction towards the left to decrease the stress (in accordance with Le Chatelier's Principle), forming more reactants. This decreases the reaction
quotient, because the reaction is being pushed towards the left to reach equilibrium. The equilibrium constant, K, = 1.8 x 10~3, does not change. The reaction is put out of balance, or equilibrium.

_ N[O

[NHg]
At first, when more hydroxide is added, the quotient is greater than the equilibrium constant. The reaction then shifts right, causing the denominator to increase, decreasing the reaction quotient and
pulling towards equilibrium and causing Q to decrease towards K.

Qa

Common lon Effect on Solubility

When a slightly soluble ionic compound is added to water, some of it dissolves to form a solution, establishing an equilibrium between the pure solid and a solution of its ions. For the dissolution of
calcium phosphate, one of the two main components of kidney stones, the equilibrium can be written as follows, with the solid salt on the left:

Ca3(P04):2 (s) = 3Ca?* (aq) + 2P0} (aq) (4.4.14)

As you will discover in more advanced chemistry courses, basic anions, such as Sz’, P043’, and CO3Z’, react with water to produce OH™ and the corresponding protonated anion. Consequently, their
calculated molarities, assuming no protonation in aqueous solution, are only approximate. The equilibrium constant for the dissolution of a sparingly soluble salt is the solubility product (Kp) of the
salt. Because the concentration of a pure solid such as Caz(POy); is a constant, it does not appear explicitly in the equilibrium constant expression. The equilibrium constant expression for the
dissolution of calcium phosphate is therefore

_ [Ca*p[POy 2

[Ca3(PO4)2] (4415)

[Ca3(POL)]K = Ko = [Ca>1°[PO] ? (4.4.16)

At 25°C and pH 7.00, K,, for calcium phosphate is 2.07 x 10733, indicating that the concentrations of Ca®>* and PO,>" ions in solution that are in equilibrium with solid calcium phosphate are very
low. The values of K, for some common salts vary dramatically for different compounds (Table E3). Although K, is not a function of pH in Equation 4.4.15, changes in pH can affect the solubility of
a compound.

The solubility product expression tells us that the equilibrium concentrations of the cation and the anion are inversely related. That is, as the concentration of the anion increases, the maximum
concentration of the cation needed for precipitation to occur decreases—and vice versa—so that K, is constant. Consequently, the solubility of an ionic compound depends on the concentrations
of other salts that contain the same ions. This dependency is another example of the common ion effect where adding a common cation or anion shifts a solubility equilibrium in the direction
predicted by Le Chatelier’s principle. As a result, the solubility of any sparingly soluble salt is almost always decreased by the presence of a soluble salt that contains a common ion.

Consider, for example, the effect of adding a soluble salt, such as CaCl,, to a saturated solution of calcium phosphate [Ca3(PO,),]. We have seen that the solubility of Caz(PO,), in water at 25°C is
1.14x107 M (Kgp = 2.07 % 107%%). Thus a saturated solution of Ca3(PO,), in water contains

o 3x (114 x 1077 M) = 3.42 x 107"M of Ca*"

o 2x (114 x 107"M) = 2.28 x 10~"M of PO}~

according to the stoichiometry shown in Equation 4.4.15 (neglecting hydrolysis to form HPO42"). If CaCl, is added to a saturated solution of Ca3(PO4), the Ca®* ion concentration will increase such
that [Ca®*] > 3.42 x 1077 M, making Q > Kip. The only way the system can return to equilibrium is for the reaction in Equation 4.4.15 to proceed to the left, resulting in precipitation of Caz(PO4)a.
This will decrease the concentration of both Ca®* and PO,> until Q = Ksp.

Adding a common ion decreases solubility, as the reaction shifts toward the left to relieve the stress of the excess product. Adding a common ion to a dissociation reaction causes the equilibrium
to shift left, toward the reactants, causing precipitation.
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Consider the reaction:
PbCla(s) = Pb**(ag) + 2C1 (ag)
‘What happens to the solubility of PbCl,(s) when 0.1 M NaCl is added?
Solution
Kp=17x10"°
Qip=18x10"°
Identify the common ion: CI-

Notice: Qsp > Kgp The addition of NaCl has caused the reaction to shift out of equilibrium because there are more dissociated ions. Typically, solving for the molarities requires the assumption that
the solubility of PbCl, is equivalent to the concentration of Pb?* produced because they are in a 1:1 ratio.

Because I, for the reaction is 1.7x107%, the overall reaction would be (s)(2s)?= 1.7x10™. Solving the equation for s gives s= 1.62x102 M. The coefficient on CI" is 2, so it is assumed that twice
as much CI" is produced as Pb*, hence the '2s." The solubility equilibrium constant can be used to solve for the molarities of the ions at equilibrium.

The molarity of Cl” added would be 0.1 M because Na* and CI" are in a 1:1 ration in the ionic salt, NaCl. Therefore, the overall molarity of Cl" would be 2s + 0.1, with 2s referring to the
contribution of the chloride ion from the dissociation of lead chloride.

Q. = [PVH][CI]? (4.4.17)

1.8 x 107° = (s)(25 +0.1)2 (4.4.18)
5 = [Ph*] (4.4.19)
=18x10°M (4.4.20)

25 =[C17] (44.21)
~0.1M (4.4.22)

Notice that the molarity of Pb?" is lower when NaCl is added. The equilibrium constant remains the same because of the increased concentration of the chloride ion. To simplify the reaction, it
can be assumed that [C]] is approximately 0.1M since the formation of the chloride ion from the dissociation of lead chloride is so small. The reaction quotient for PbCl; is greater than the
equilibrium constant because of the added CI". This therefore shift the reaction left towards equilibrium, causing precipitation and lowering the current solubility of the reaction. Overall, the
solubility of the reaction decreases with the added sodium chloride.

? Exercise 4.4.5

Calculate the solubility of silver carbonate in a 0.25 M solution of sodium carbonate. The solubility of silver carbonate in pure water is 8.45 x 1072 at 25°C.

Answer
2.9 x 107% M (versus 1.3 x 107 M in pure water)

=l Common lon Effect in Solubility Prod

he-Cormmon lon Ei:‘tfect

in Solubility Products

>

Watch on (38 YouTube

A Video Discussing the Common Ion Effect in Solubility Products: The Common lon Effect in Solubility Products (opens in new window) [youtu.be]
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4P Learning Objectives

o To understand how adding a common ion affects the position of an acid-base equilibrium.
o To know how to use the Henderson-Hasselbalch approximation to calculate the pH of a buffer.

Buffers are solutions that maintain a relatively constant pH when an acid or a base is added. They therefore protect, or “buffer,” other molecules in solution from the effects of the added acid or base.

Buffers contain either a weak acid (HA) and its conjugate base (A~) or a weak base (B) and its conjugate acid (BH*), and they are critically important for the proper functioning of biological systems.
In fact, every biological fluid is buffered to maintain its physiological pH.
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The Common lon Effect: Weak Acids Combined with Conjugate Bases

To understand how buffers work, let’s look first at how the ionization equilibrium of a weak acid is affected by adding either the conjugate base of the acid or a strong acid (a source of H+). Le
Chatelier’s principle can be used to predict the effect on the equilibrium position of the solution. A typical buffer used in biochemistry laboratories contains acetic acid and a salt such as sodium
acetate. The dissociation reaction of acetic acid is as follows:

CH3COOH (aq) == CH;COO™ (aq) + H* (aq) (4.4.23)
and the equilibrium constant expression is as follows:
_ [Hf][CH3CO0™]
Ka= [CH3CO,H] (4.4.24)

Sodium acetate (CH3CO,Na) is a strong electrolyte that ionizes completely in aqueous solution to produce Na* and CH3CO,~ ions. If sodium acetate is added to a solution of acetic acid, Le
Chatelier’s principle predicts that the equilibrium in Equation 4.4.23 will shift to the left, consuming some of the added CH3COO~ and some of the H ions originally present in solution.

Because Nat is a spectator ion, it has no effect on the position of the equilibrium and can be ignored. The addition of sodium acetate produces a new equilibrium composition, in which [H*] is less
than the initial value. Because [H*] has decreased, the pH will be higher. Thus adding a salt of the conjugate base to a solution of a weak acid increases the pH. This makes sense because sodium
acetate is a base, and adding any base to a solution of a weak acid should increase the pH.

If we instead add a strong acid such as HCI to the system, [H*] increases. Once again the equilibrium is temporarily disturbed, but the excess H* ions react with the conjugate base (CH3COz™),
whether from the parent acid or sodium acetate, to drive the equilibrium to the left. The net result is a new equilibrium composition that has a lower [CH3C0,~] than before. In both cases, only the
equilibrium composition has changed; the ionization constant K, for acetic acid remains the same. Adding a strong electrolyte that contains one ion in common with a reaction system that is at
equilibrium, in this case CH3CO,~, will therefore shift the equilibrium in the direction that reduces the concentration of the common ion. The shift in equilibrium is via the common ion effect.

I Adding a common ion to a system at equilibrium affects the equilibrium composition, but not the ionization constant.

v Example 4.4.1

A 0.150 M solution of formic acid at 25°C (pKa = 3.75) has a pH of 2.28 and is 3.5% ionized.

a. Is there a change to the pH of the solution if enough solid sodium formate is added to make the final formate concentration 0.100 M (assume that the formic acid concentration does not
change)?
b. What percentage of the formic acid is ionized if 0.200 M HCl is added to the system?

Given: solution concentration and pH, pK,, and percent ionization of acid; final concentration of conjugate base or strong acid added
Asked for: pH and percent ionization of formic acid
Strategy:

A. Write a balanced equilibrium equation for the ionization equilibrium of formic acid. Tabulate the initial concentrations, the changes, and the final concentrations.

B. Substitute the expressions for the final concentrations into the expression for Ka. Calculate [H*] and the pH of the solution.

C. Construct a table of concentrations for the dissociation of formic acid. To determine the percent ionization, determine the anion concentration, divide it by the initial concentration of formic
acid, and multiply the result by 100.

Solution:
A Because sodium formate is a strong electrolyte, it ionizes completely in solution to give formate and sodium ions. The Na* ions are spectator ions, so they can be ignored in the equilibrium
equation. Because water is both a much weaker acid than formic acid and a much weaker base than formate, the acid-base properties of the solution are determined solely by the formic acid
ionization equilibrium:

HCO,H (aq) = HCO;3 (aq) + H* (aq)
The initial concentrations, the changes in concentration that occur as equilibrium is reached, and the final concentrations can be tabulated.

Final Concentration

ICE [HCO, H(aq)] [H*(aq)] [HCO; (aq)]
Initial 0.150 1.00 x 1077 0.100
Change =5 +x e
Equilibrium (0.150 - x) X (0.100 + x)

B We substitute the expressions for the final concentrations into the equilibrium constant expression and make our usual simplifying assumptions, so

_ [HY][HCO3]  (2)(0.100+ )

®~ [HCO,H] =~ 0150—=z
(0.100)
~ 70.150
10737
~18x107*
Rearranging and solving for z,
0.150 M
— —4
z=(1.8x10"") x 0100 M
=27x107*
=[H"]

The value of g is small compared with 0.150 or 0.100 M, so our assumption about the extent of ionization is justified. Moreover,
K,Cra = (1.8 x 1074)(0.150) = 2.7 x 10~°
which is greater than 1.0 x 1075, so again, our assumption s justified. The final pH is:
pH = —log(2.7 x 107*) = 3.57

compared with the initial value of 2.29. Thus adding a salt containing the conjugate base of the acid has increased the pH of the solution, as we expect based on Le Chatelier’s principle; the stress
on the system has been relieved by the consumption of H+ ions, driving the equilibrium to the left.
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C Because HCl is a strong acid, it ionizes completely, and chloride is a spectator ion that can be neglected. Thus the only relevant acid-base equilibrium is again the dissociation of formic acid,
and initially the concentration of formate is zero. We can construct a table of initial concentrations, changes in concentration, and final concentrations.

HCO;H(aq) = H™(ag) + HCO;3 (aq)

initial concentrations, changes in concentration, and final concentrations

[HCO; H(ag)] [H*(ag)] [HCO; (ag)]
initial 0.150 0.200 0
change -X +x +X
final (0.150 - x) (0.200 + x) X

To calculate the percentage of formic acid that is ionized under these conditions, we have to determine the final [HCO,~]. We substitute final concentrations into the equilibrium constant
expression and make the usual simplifying assumptions, so

_ [H¥|[HCO;3] _ (0200 + z)(z) _ «(0.200) "
K= HCO,H] ~ om0—s ~ o _ L0x10
B&mgingandsnl\dng.ﬁmm, _______________________________________________________________________________________________________________________________________________________________________ _4

0.150 M
0.200 M

=1.35x 10~* = [HCO;]

z = (1.80 x 107%) x

Once again, our simplifying assumptions are justified. The percent ionization of formic acid is as follows:

s 1.35x 10~* M
percent ionization = —oisom % 100% = 0.0900%

Adding the strong acid to the solution, as shown in the table, decreased the percent ionization of formic acid by a factor of approximately 38 (3.45%/0.0900%). Again, this is consistent with Le
Chatelier’s principle: adding H* ions drives the dissociation equilibrium to the left.

? Exercise 4.4.1

A 0.225 M solution of ethylamine (CH3CH;NH, with pK; = 3.19) has a pH of 12.08 and a percent ionization of 5.4% at 20°C. Calculate the following:
a. the pH of the solution if enough solid ethylamine hydrochloride (EtNH3Cl) is added to make the solution 0.100 M in EtNHg+
b. the percentage of ethylamine that is ionized if enough solid NaOH is added to the original solution to give a final concentration of 0.050 M NaOH
Answer a
11.16
Answer b

1.3%

>

Watch on {3 YouTube

A Video Discussing the Common Ion Effect: The Common lon Effecr(opens in new window) [youtu.be]

The Common lon Effect: Weak Bases Combined with Conjugate Acids
Now let’s suppose we have a buffer solution that contains equimolar concentrations of a weak base (B) and its conjugate acid (BH?). The general equation for the ionization of a weak base is as
follows:

Blaq) + H,0(l) = BH*(aq) + OH (aq) (4.4.25)

If the equilibrium constant for the reaction as written in Equation 4.4.25 is small, for example K; = 1075, then the equilibrium constant for the reverse reaction is very large: K = KL =10°. Adding a
b

strong base such as OH~ to the solution therefore causes the equilibrium in Equation 4.4.25 to shift to the left, consuming the added OH~. As a result, the OH~ ion concentration in solution remains
relatively constant, and the pH of the solution changes very little. Le Chatelier’s principle predicts the same outcome: when the system is stressed by an increase in the OH~ ion concentration, the
reaction will proceed to the left to counteract the stress.

If the pK; of the base is 5.0, the pK, of its conjugate acid is

pK, =pKy — pKp = 14.0-5.0 = 9.0.

Thus the equilibrium constant for ionization of the conjugate acid is even smaller than that for ionization of the base. The ionization reaction for the conjugate acid of a weak base is written as follows:
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BH*(aq) + H20(l) % B(aq) + H30* (aq) (4.4.26)

Again, the equilibrium constant for the reverse of this reaction is very large: K = 1/K, = 10°. If a strong acid is added, it is neutralized by reaction with the base as the reaction in Equation 4.4.26 shifts
to the left. As a result, the H* ion concentration does not increase very much, and the pH changes only slightly. In effect, a buffer solution behaves somewhat like a sponge that can absorb H+ and
OH - ions, thereby preventing large changes in pH when appreciable amounts of strong acid or base are added to a solution.

Buffers are characterized by the pH range over which they can maintain a more or less constant pH and by their buffer capacity, the amount of strong acid or base that can be absorbed before the pH
changes significantly. Although the useful pH range of a buffer depends strongly on the chemical properties of the weak acid and weak base used to prepare the buffer (i.e., on k), its buffer capacity
depends solely on the concentrations of the species in the buffered solution. The more concentrated the buffer solution, the greater its buffer capacity. As illustrated in Figure 4.4.1, when NaOH is
added to solutions that contain different concentrations of an acetic acid/sodium acetate buffer, the observed change in the pH of the buffer is inversely proportional to the concentration of the buffer.
If the buffer capacity is 10 times larger, then the buffer solution can absorb 10 times more strong acid or base before undergoing a significant change in pH.

13.00
12.00
11.00
10.00

9.00

pH of solution
o
=
S

7.00
6.00
5.00
4.00
® & o < &

Volume of NaOH added (mL)

Figure 4.4.1: Effect of Buffer Concentration on the Capacity of a Buffer. (CC BY-SA-NC; Anonymous by request)
Graph of pH of solution against volume of NaOH added. Six different buffer concentrations are plotted.
A buffer maintains a relatively constant pH when acid or base is added to a solution. The addition of even tiny volumes of 0.10 M NeOH to 100.0 mL of distilled water results in a very large change in
pH. As the concentration of a 50:50 mixture of sodium acetate/acetic acid buffer in the solution is increased from 0.010 M to 1.00 M, the change in the pH produced by the addition of the same
volume of NaOH solution decreases steadily. For buffer concentrations of at least 0.500 M, the addition of even 25 mL of the NaOH solution results in only a relatively small change in pH.

Calculating the pH of a Buffer
The pH of a buffer can be calculated from the concentrations of the weak acid and the weak base used to prepare it, the concentration of the conjugate base and conjugate acid, and the pK, or pK; of

the weak acid or weak base. The procedure is analogous to that used in Example 4.4.1 to calculate the pH of a solution containing known concentrations of formic acid and formate.

An alternative method frequently used to calculate the pH of a buffer solution is based on a rearrangement of the equilibrium equation for the dissociation of a weak acid. The simplified ionization
reaction is HA < H* + A~ for which the equilibrium constant expression is as follows:

.= % (4.4.27)
This equation can be rearranged as follows:
[#* = Ka% (4.4.28)
Taking the logarithm of both sides and multiplying both sides by -1,
—log[H*] = —log K, —log (%) (4.4.29)
= —log K, +log (%) (4.4.30)
Replacing the negative logarithms in Equation 4.4.30,
pH = pK, +log (%) (4.4.31)
or, more generally,
pH = pK, +log ( [[Z‘::q] ) (4.4.32)

Equation 4.4.31 and Equation 4.4.32 are both forms of the Henderson-Hasselbalch approximation, named after the two early 20th-century chemists who first noticed that this rearranged version of the
equilibrium constant expression provides an easy way to calculate the pH of a buffer solution. In general, the validity of the Henderson-Hasselbalch approximation may be limited to solutions whose
concentrations are at least 100 times greater than their K, values.

There are three special cases where the Henderson-Hasselbalch approximation is easily interpreted without the need for calculations:

o [base] = [acid]: Under these conditions,

[base] _ 1

lacid]
in Equation 4.4.32. Because log1 = 0,

pH=pK,

regardless of the actual concentrations of the acid and base. Recall that this corresponds to the midpoint in the titration of a weak acid or a weak base.
o [base]/[acid] = 10: In Equation 4.4.32, because log10 =1,

pH =pK,+1.
o [base]/[acid] = 100: In Equation 4.4.32, because log100 = 2,

pH =pK, +2.
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Each time we increase the [base]/[acid] ratio by 10, the pH of the solution increases by 1 pH unit. Conversely, if the [base]/[acid] ratio is 0.1, then pH = pK, — 1. Each additional factor-of-10 decrease
in the [base]/[acid] ratio causes the pH to decrease by 1 pH unit.

I If [base] = [acid] for a buffer, then pH = pK,. Changing this ratio by a factor of 10 either way changes the pH by +1 unit.

v Example 4.4.2

‘What is the pH of a solution that contains

a.0.135 M HCO,H and 0.215 M HCO,Ns? (The pK, of formic acid is 3.75.)
b. 0.0135 M HCO,H and 0.0215 M HCO,Na?
c. 0.119 M pyridine and 0.234 M pyridine hydrochloride? (The pKj of pyridine is 8.77.)

Given: concentration of acid, conjugate base, and pK,; concentration of base, conjugate acid, and pKj

Asked for: pH

Strategy:

Substitute values into either form of the Henderson-Hasselbalch approximation (Equations 4.4.31 or 4.4.32) to calculate the pH.

Solution:

According to the Henderson-Hasselbalch approximation (Equation 4.4.31), the pH of a solution that contains both a weak acid and its conjugate base is

pH = pK, +log([A—]/[HA]).

A
Inserting the given values into the equation,
0.215
pH =3.75 + log (m)
= 3.75 + log 1.593

=3.95

This result makes sense because the [A~]/[HA] ratio is between 1 and 10, so the pH of the buffer must be between the pK, (3.75) and pK, + 1, or 4.75.

B
This is identical to part (a), except for the concentrations of the acid and the conjugate base, which are 10 times lower. Inserting the concentrations into the Henderson-Hasselbalch approximation,
0.0215
pH =3.75 + log (m)
=3.75 +10g 1.593
=3.95

This result is identical to the result in part (a), which emphasizes the point that the pH of a buffer depends only on the ratio of the concentrations of the conjugate base and the acid, not on the
magnitude of the concentrations. Because the [A”]/[HA] ratio is the same as in part (a), the pH of the buffer must also be the same (3.95).

Cc
In this case, we have a weak base, pyridine (Py), and its conjugate acid, the pyridinium ion (HPy*). We will therefore use Equation 4.4.32, the more general form of the Henderson-Hasselbalch
approximation, in which “base” and “acid” refer to the appropriate species of the conjugate acid-base pair. We are given [base] = [Py] = 0.119 M and [acid] = [HPy*] = 0.234 M. We also are given
Ky = 8.77 for pyridine, but we need pK, for the pyridinium ion. Recall from Equation 16.23 that the pKj; of a weak base and the pK, of its conjugate acid are related:

PK, + pKy = pKy.

Thus pK, for the pyridinium ion is pK,, — pK} = 14.00 — 8.77 = 5.23. Substituting this pK, value into the Henderson-Hasselbalch approximation,

base]
pH = pK, + log (ﬁ)
0.119
=5.23 + log (—0.234)
=5.23 —0.294
=494

Once again, this result makes sense: the [B]/[BH*] ratio is about 1/2, which is between 1 and 0.1, so the final pH must be between the pK, (5.23) and pK, — 1, or 4.23.

? Exercise 4.4.2

‘What is the pH of a solution that contains

a. 0.333 M benzoic acid and 0.252 M sodium benzoate?
b. 0.050 M trimethylamine and 0.066 M trimethylamine hydrochloride?

The pK, of benzoic acid is 4.20, and the pK; of trimethylamine is also 4.20.

Answer a
4.08
Answer b

9.68
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A Video Discussing Using the Henderson Hasselbalch Equation: [youtu.be]

The Henderson-Hasselbalch approximation ((Equation 4.4.31) can also be used to calculate the pH of a buffer solution after adding a given amount of strong acid or strong base, as demonstrated in
Example 4.4.3.

v Example 4.4.3

The buffer solution in Example 4.4.2 contained 0.135 M HCO,H and 0.215 M HCO;Na and had a pH of 3.95.

a. What is the final pH if 5.00 mL of 1.00 M HC! are added to 100 mL of this solution?
b. What is the final pH if 5.00 mL of 1.00 M NaOH are added?

Given: composition and pH of buffer; concentration and volume of added acid or base

Asked for: final pH

Strategy:

A. Calculate the amounts of formic acid and formate present in the buffer solution using the procedure from Example 4.4.1. Then calculate the amount of acid or base added.

B. Construct a table showing the amounts of all species after the neutralization reaction. Use the final volume of the solution to calculate the concentrations of all species. Finally, substitute the
appropriate values into the Henderson-Hasselbalch approximation (Equation 4.4.32) to obtain the pH.

Solution:

The added HCI (a strong acid) or NaOH (a strong base) will react completely with formate (a weak base) or formic acid (a weak acid), respectively, to give formic acid or formate and water. We
must therefore calculate the amounts of formic acid and formate present after the neutralization reaction.

A We begin by calculating the millimoles of formic acid and formate present in 100 mL of the initial pH 3.95 buffer:

100 gt, (w) =13.5mmol HCO,H

ol

—— (0.215mmol HCO,—) G

oA

The millimoles of H* in 5.00 mL of 1.00 M HCl is as follows:

.
5.00 sl (M) B T

L

B Next, we construct a table of initial amounts, changes in amounts, and final amounts:

HCO? (aq) + H* (ag) = HCO,H (aq)

initial amounts, changes in amounts, and final amounts:

HCO™ (aq) H*(aq) HCO:H(aq)

Initial 21.5 mmol 5.00 mmol 13.5 mmol
Change —5.00 mmol —5.00 mmol +5.00 mmol
Final 16.5 mmol ~0 mmol 18.5 mmol

The final amount of H* in solution is given as “~0 mmol.” For the purposes of the stoichiometry calculation, this is essentially true, but remember that the point of the problem is to calculate the
final [H+] and thus the pH. We now have all the information we need to calculate the pH. We can use either the lengthy procedure of Example 4.4.1 or the Henderson—Hasselbach approximation.
Because we have performed many equilibrium calculations in this chapter, we’ll take the latter approach. The Henderson-Hasselbalch approximation requires the concentrations of HCO; and
HCO.H, which can be calculated using the number of millimoles (r) of each and the total volume (V7). Substituting these values into the Henderson-Hasselbalch approximation (Equation
4.4.32):

pH = pK, +log (%)
"Har,/Vf )

= pK, + lo;
B g("»HL‘OzH/Vf

NEco-
=pK.,+log( Hco,)

T HCOH
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Because the total volume appears in both the numerator and denominator, it cancels. We therefore need to use only the ratio of the number of millimoles of the conjugate base to the number of
millimoles of the weak acid. So

e
pH = pK, + log (ﬂ)

nHCO,H
16.5 mmol )
18.5 mmol

=3.75 —0.050 = 3.70

=3.75 + log (

Once again, this result makes sense on two levels. First, the addition of HClhas decreased the pH from 3.95, as expected. Second, the ratio of HCOj to HCO,H is slightly less than 1, so the pH
should be between the pK, and pK, — 1.

A The procedure for solving this part of the problem is exactly the same as that used in part (a). We have already calculated the numbers of millimoles of formic acid and formate in 100 mL of the
initial pH 3.95 buffer: 13.5 mmol of HCO,H and 21.5 mmol of HCOj. The number of millimoles of OH~ in 5.00 mL of 1.00 M NaOH is as follows:

B With this information, we can construct a table of initial amounts, changes in amounts, and final amounts.
HCO,H (aq) + OH™ (aq) == HCOj (aq) + H20(1)

initial amounts, changes in amounts, and final amounts

HCO,H(aq) OH~ HCO; (aq)

Initial 13.5 mmol 5.00 mmol 21.5 mmol
Change —5.00 mmol —5.00 mmol +5.00 mmol
Final 8.5 mmol ~0 mmol 26.5 mmol

The final amount of OH~ in solution is not actually zero; this is only approximately true based on the stoichiometric calculation. We can calculate the final pH by inserting the numbers of
millimoles of both HCO; and HCO,H into the simplified Henderson-Hasselbalch expression used in part (a) because the volume cancels:

MHCO;
nHCO.H )
26.5 mmol
8.5 mmol )
=3.75+0494 =424

pH=pK,,+log(

=375+ log (

Once again, this result makes chemical sense: the pH has increased, as would be expected after adding a strong base, and the final pH is between the pK, and pK, + 1, as expected for a solution
with a HCOy /HCO:H ratio between 1 and 10.

? Exercise 4.4.3

The buffer solution from Example 4.4.2 contained 0.119 M pyridine and 0.234 M pyridine hydrochloride and had a pH of 4.94.
a. What is the final pH if 12.0 mL of 1.5 M NaOH are added to 250 mL of this solution?
b. What is the final pH if 12.0 mL of 1.5 M HCl are added?
Answer a
5.30
Answer b

4.42

l Only the amounts (in moles or millimoles) of the acidic and basic components of the buffer are needed to use the Henderson-Hasselbalch approximation, not their concentrations.

A Video Discussing the Change in pH with the Addition of a Strong Acid to a Buffer: [youtu.be]
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The Change in pH with the Addition of a Strong Base to a Buffer:
[youtu.be]

The results obtained in Example 4.4.3 and its corresponding exercise demonstrate how little the pH of a well-chosen buffer solution changes despite the addition of a significant quantity of strong acid
or strong base. Suppose we had added the same amount of HC1 or NaOH solution to 100 mL of an unbuffered solution at pH 3.95 (corresponding to 1.1 x 10~ M HCI). In this case, adding 5.00 mL of
1.00 M HC!l would lower the final pH to 1.32 instead of 3.70, whereas adding 5.00 mL of 1.00 M NaOH would raise the final pH to 12.68 rather than 4.24. (Try verifying these values by doing the
calculations yourself.) Thus the presence of a buffer significantly increases the ability of a solution to maintain an almost constant pH.

I The most effective buffers contain equal concentrations of an acid and its conjugate base.

A buffer that contains approximately equal amounts of a weak acid and its conjugate base in solution is equally effective at neutralizing either added base or added acid. This is shown in Figure 4.4.2
for an acetic acid/sodium acetate buffer. Adding a given amount of strong acid shifts the system along the horizontal axis to the left, whereas adding the same amount of strong base shifts the system
the same distance to the right. In either case, the change in the ratio of CH3COj to CH3CO.H from 1:1 reduces the buffer capacity of the solution.

Figure 4.4.2: Distribution Curve Showing the Fraction of Acetic Acid Molecules and Acetate Ions as a Function of pH in a Solution of Acetic Acid. The pH range over which the acetic acid/sodium
acetate system is an effective buffer (the darker shaded region) corresponds to the region in which appreciable concentrations of both species are present (pH 3.76-5.76, corresponding to pH = pK,
=+ 1). (CC BY-SA-NC; Anonymous by request)

Graph of mole fraction against pH of solution. The green line is acetic acid and the purple line is the acetate ion.

A Video Discussing The Buffer Region: [youtu.be]

The Relationship between Titrations and Buffers

There is a strong correlation between the effectiveness of a buffer solution and the titration curves discussed in Section 16.5. Consider the schematic titration curve of a weak acid with a strong base
shown in Figure 4.4.3. As indicated by the labels, the region around pK, corresponds to the midpoint of the titration, when approximately half the weak acid has been neutralized. This portion of the
titration curve corresponds to a buffer: it exhibits the smallest change in pH per increment of added strong base, as shown by the nearly horizontal nature of the curve in this region. The nearly flat
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portion of the curve extends only from approximately a pH value of 1 unit less than the pK, to approximately a pH value of 1 unit greater than the pK,, which is why buffer solutions usually have a
pH that is within +1 pH units of the pK, of the acid component of the buffer.

Equivalence
paint

pH of solution —

Volume of strong base added 3
Figure 4.4.3: The Relationship between Titration Curves and Buffers. (CC BY-SA-NC; Anonymous by request)
Titration curves graph pH of solution against volume of strong base added. On the curve we look for the midpoints and equivalence points.
This schematic plot of pH for the titration of a weak acid with a strong base shows the nearly flat region of the titration curve around the midpoint, which corresponds to the formation of a buffer. At
the lower left, the pH of the solution is determined by the equilibrium for dissociation of the weak acid; at the upper right, the pH is determined by the equilibrium for reaction of the conjugate base
with water.

In the region of the titration curve at the lower left, before the midpoint, the acid-base properties of the solution are dominated by the equilibrium for dissociation of the weak acid, corresponding to
K,. In the region of the titration curve at the upper right, after the midpoint, the acid-base properties of the solution are dominated by the equilibrium for reaction of the conjugate base of the weak
acid with water, corresponding to K. However, we can calculate either K, or K from the other because they are related by K.

X Blood: A Most Important Buffer

Metabolic processes produce large amounts of acids and bases, yet organisms are able to maintain an almost constant internal pH because their fluids contain buffers. This is not to say that the pH
is uniform throughout all cells and tissues of a mammal. The internal pH of a red blood cell is about 7.2, but the pH of most other kinds of cells is lower, around 7.0. Even within a single cell,
different compartments can have very different pH values. For example, one intracellular compartment in white blood cells has a pH of around 5.0.

Because no single buffer system can effectively maintain a constant pH value over the entire physiological range of approximately pH 5.0 to 7.4, biochemical systems use a set of buffers with
overlapping ranges. The most important of these is the CO2/HCO3~ system, which dominates the buffering action of blood plasma.

The acid-base equilibrium in the CO,/HCO;~ buffer system is usually written as follows:
H,COj4 (ag) = H* (aq) + HCOj3 (aq) (4.4.33)

with K, = 4.5 x 10~7 and pK, = 6.35 at 25°C. In fact, Equation 4.4.33 is a grossly oversimplified version of the CO,/HCO;~ system because a solution of CO, in water contains only rather small
amounts of H,COj3. Thus Equation 4.4.33 does not allow us to understand how blood is actually buffered, particularly at a physiological temperature of 37°C.

As shown in Equation 4.4.34, CO, is in equilibrium with H,CO3, but the equilibrium lies far to the left, with an H,CO3/CO, ratio less than 0.01 under most conditions:
CO2 (aq) + Hy0 (1) = H5CO3(aq) (4.4.34)

with K/=4.0 x 1073 at 37°C. The true pK, of carbonic acid at 37°C is therefore 3.70, not 6.35, corresponding to a K, of 2.0 x 107, which makes it a much stronger acid than Equation 4.4.33
suggests. Adding Equation 4.4.33 and Equation 4.4.34 and canceling H,CO; from both sides give the following overall equation for the reaction of CO, with water to give a proton and the
bicarbonate ion:

CO; (aq) + H20 (I) = H,COs (aq) (4.4.35)

with K’ = 4.0 x 1073(37°C)
H,COj (aq) = H (aq) + HCOj (aq) (4.4.36)

with K, = 2.0 x 1074(37°C)
CO2 (aq) + H,0 (1) = H* (aq) + HCOj (aq) (4.4.37)

with X = 8.0 x 10~7(37°C)

The K value for the reaction in Equation 4.4.37 is the product of the true ionization constant for carbonic acid (X,) and the equilibrium constant (K) for the reaction of CO; (aq) with water to give
carbonic acid. The equilibrium equation for the reaction of CO with water to give bicarbonate and a proton is therefore

_ [HHHCOsT] _ .
K= Tﬂ}“ =80x1077 (4.4.38)

The presence of a gas in the equilibrium constant expression for a buffer is unusual. According to Henry’s law,
[COs] = &Pco,
where k is the Henry’s law constant for CO,, which is 3.0 x 1075 M/mmHyg at 37°C. Substituting this expression for [CO,] in Equation 4.4.38,

_ [H+][HCOs™]
"~ (3.0 x 1075 M/mmHg)(Pco,)

where Pgo, is in mmHg. Taking the negative logarithm of both sides and rearranging,

_ . [HCO37]
PH =610+ log ( (3.0 x 10=°M/mm Hg) (Pco,) ) (4439

Thus the pH of the solution depends on both the CO, pressure over the solution and [HCO3~]. Figure 4.4.4 plots the relationship between pH and [HCO3~] under physiological conditions for
several different values of Pgo,, with normal pH and [HCO3 ] values indicated by the dashed lines.
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40 mmHg

60 mmHg

80 mmHg

100 mmHg

pH of blood plasma

0.0 8.0 16.0 240 320 400 480
[HCO, ™1 % 1073(M)
Figure 4.4.4: Buffering in Blood: pH versus [HCOs~] Curves for Buffers with Different Values of Pco,. Only those combinations of pH and [HCOs™] that lie on a given line are allowed for the
particular value of Peo, indicated. Normal values of blood plasma pH and [HCOs~] are indicated by dashed lines. (CC BY-SA-NC; Anonymous by request)
According to Equation 4.4.39, adding a strong acid to the CO,/HCO3~ system causes [HCO3~] to decrease as HCO3 ™ is converted to COz. Excess COx is released in the lungs and exhaled into the
atmosphere, however, so there is essentially no change in Pgo,. Because the change in [HCO3~]/Pcp, is small, Equation 4.4.39 predicts that the change in pH will also be rather small. Conversely,
if a strong base is added, the OH™ reacts with CO; to form HCO3~, but CO; is replenished by the body, again limiting the change in both [HCO3~]/Poo, and pH. The CO2/HCO3~ buffer system is
an example of an open system, in which the total concentration of the components of the buffer change to keep the pH at a nearly constant value.

If a passenger steps out of an airplane in Denver, Colorado, for example, the lower Pgo, at higher elevations (typically 31 mmHg at an elevation of 2000 m versus 40 mmHg at sea level) causes a
shift to a new pH and [HCO3~]. The increase in pH and decrease in [HCOs™] in response to the decrease in Pgo, are responsible for the general malaise that many people experience at high
altitudes. If their blood pH does not adjust rapidly, the condition can develop into the life-threatening phenomenon known as altitude sickness.

A Video Summary of the pH Curve for a Strong Acid/Strong Base Titration:

[youtu.be]

Summary

Buffers are solutions that resist a change in pH after adding an acid or a base. Buffers contain a weak acid (HA) and its conjugate weak base (A~). Adding a strong electrolyte that contains one ion in
common with a reaction system that is at equilibrium shifts the equilibrium in such a way as to reduce the concentration of the common ion. The shift in equilibrium is called the common ion effect.
Buffers are characterized by their pH range and buffer capacity. The useful pH range of a buffer depends strongly on the chemical properties of the conjugate weak acid-base pair used to prepare the
buffer (the K, or Kj), whereas its buffer capacity depends solely on the concentrations of the species in the solution. The pH of a buffer can be calculated using the Henderson-Hasselbalch
approximation, which is valid for solutions whose concentrations are at least 100 times greater than their K, values. Because no single buffer system can effectively maintain a constant pH value over
the physiological range of approximately 5 to 7.4, biochemical systems use a set of buffers with overlapping ranges. The most important of these is the COy/HCOj3 system, which dominates the
buffering action of blood plasma.
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4.5: Titrations and pH Curves

4} Learning Objectives

o To calculate the pH at any point in an acid—base titration.

In an acid-base titration, a buret is used to deliver measured volumes of an acid or a base solution of known concentration (the
titrant) to a flask that contains a solution of a base or an acid, respectively, of unknown concentration (the unknown). If the
concentration of the titrant is known, then the concentration of the unknown can be determined. The following discussion focuses
on the pH changes that occur during an acid—base titration. Plotting the pH of the solution in the flask against the amount of acid or
base added produces a titration curve. The shape of the curve provides important information about what is occurring in solution
during the titration.

Titrations of Strong Acids and Bases

Figure 4.5.1a shows a plot of the pH as 0.20 M HCl is gradually added to 50.00 mL of pure water. The pH of the sample in the flask
is initially 7.00 (as expected for pure water), but it drops very rapidly as HCl is added. Eventually the pH becomes constant at 0.70
—a point well beyond its value of 1.00 with the addition of 50.0 mL of HCI (0.70 is the pH of 0.20 M HCI). In contrast, when 0.20
M NaOH is added to 50.00 mL of distilled water, the pH (initially 7.00) climbs very rapidly at first but then more gradually,
eventually approaching a limit of 13.30 (the pH of 0.20 M NaOH), again well beyond its value of 13.00 with the addition of 50.0
mL of NaOH as shown in Figure 4.5.15. As you can see from these plots, the titration curve for adding a base is the mirror image of
the curve for adding an acid.

7.00 — 14.00
6.00 — 13.00
5.00 12.00
= c
2 =l
5 4.00 5 11.00
[=] [=]
i Wi
5 3.00 ‘G 10.00
s i
[=% [=3
2.00 9.00
1.00 - 8.00 —
0 7.00 T . :
\Q‘_b @9 npﬁh @9 ‘-P(') o \0(.) @9 qu bgf.h (709
Volume of HCl added (mL) Volume of NaOH added (mL)
(a) Water with strong acid added (b) Water with strong base added

Figure 4.5.1: Solution pH as a Function of the Volume of a Strong Acid or a Strong Base Added to Distilled Water. (a) When 0.20 M
HCl is added to 50.0 mL of distilled water, the pH rapidly decreases until it reaches a minimum at the pH of 0.20 M HCI. (b)

Conversely, when 0.20 M NaOH is added to 50.0 mL of distilled water, the pH rapidly increases until it reaches a maximum at the
pH of 0.20 M NaOH. (CC BY-SA-NC; Anonymous by request)

The graphs of water with strong acid added and water with strong base added are inverses of each other.

Suppose that we now add 0.20 M NaOH to 50.0 mL of a 0.10 M solution of HCI. Because HCI is a strong acid that is completely
ionized in water, the initial [H*] is 0.10 M, and the initial pH is 1.00. Adding NaOH decreases the concentration of H+ because of
the neutralization reaction (Figure 4.5.2a):

OH™ + H* = H,O0.

Thus the pH of the solution increases gradually. Near the equivalence point, however, the point at which the number of moles of
base (or acid) added equals the number of moles of acid (or base) originally present in the solution, the pH increases much more
rapidly because most of the H+ ions originally present have been consumed. For the titration of a monoprotic strong acid (HCI)
with a monobasic strong base (NaOH), we can calculate the volume of base needed to reach the equivalence point from the

following relationship:
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moles of base = (volume)y(molarity), Vs My = moles of acid (4.5.1)
= (volume),(molarity), = VoM,

If 0.20 M NaOH is added to 50.0 mL of a 0.10 M solution of HCL, we solve for V;:

V3(0.20Me) = 0.025L = 25mL

14.00 14.00
12.00 — 12.00 -
10.00 10.00
c c
8 8
5 8.00 5 8.00
2 Equivalence point 2 Equivalence point
5 600 5 600 —
1 5
4,00 — 4.00 —
2.00 2.00
0 0
\QQ} ,1993 _,99 ‘PQ %QQ
Volume of NaOH added (mL) Volume of HC| added (mL)
(a) Strong acid titrated with strong base (b) Strong base titrated with strong acid

Figure 4.5.2: The Titration of (a) a Strong Acid with a Strong Base and (b) a Strong Base with a Strong Acid(a) As 0.20 M NaOH is
slowly added to 50.0 mL of 0.10 M HCI, the pH increases slowly at first, then increases very rapidly as the equivalence point is
approached, and finally increases slowly once more. (b) Conversely, as 0.20 M HCl is slowly added to 50.0 mL of 0.10 M NeOH,

the pH decreases slowly at first, then decreases very rapidly as the equivalence point is approached, and finally decreases slowly
once more. (CC BY-SA-NC; Anonymous by request)

The titration curves of strong acid titrated with strong base and strong base titrated with strong acid are inverses of each other.

At the equivalence point (when 25.0 mL of NaOH solution has been added), the neutralization is complete: only a salt remains in
solution (NaCl), and the pH of the solution is 7.00. Adding more NaOH produces a rapid increase in pH, but eventually the pH
levels off at a value of about 13.30, the pH of 0.20 M NaOH.

As shown in Figure 4.5.2b, the titration of 50.0 mL of a 0.10 M solution of NaOH with 0.20 M HCI produces a titration curve that is
nearly the mirror image of the titration curve in Figure 4.5.2a. The pH is initially 13.00, and it slowly decreases as HCl is added. As
the equivalence point is approached, the pH drops rapidly before leveling off at a value of about 0.70, the pH of 0.20 M HCL

The titration of either a strong acid with a strong base or a strong base with a strong acid produces an S-shaped curve. The curve is
somewhat asymmetrical because the steady increase in the volume of the solution during the titration causes the solution to become
more dilute. Due to the leveling effect, the shape of the curve for a titration involving a strong acid and a strong base depends on
only the concentrations of the acid and base, not their identities.

The shape of the titration curve involving a strong acid and a strong base depends only on their concentrations, not their
identities.

v/ Example 4.5.1: Hydrochloric Acid

Calculate the pH of the solution after 24.90 mL of 0.200 M NaOH has been added to 50.00 mL of 0.100 M HCI.
Given: volumes and concentrations of strong base and acid

Asked for: pH

Strategy:

A. Calculate the number of millimoles of HT and OH~ to determine which, if either, is in excess after the neutralization
reaction has occurred. If one species is in excess, calculate the amount that remains after the neutralization reaction.

B. Determine the final volume of the solution. Calculate the concentration of the species in excess and convert this value to
pH.
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Solution
A Because 0.100 mol/L is equivalent to 0.100 mmol/mL, the number of millimoles of H* in 50.00 mL of 0.100 M HCI can be
calculated as follows:

50.00 gL (M) = 5.00 mmol HCl = 5.00 mmol H*

7

The number of millimoles of NaOH added is as follows:

24.90 ( 0-200 mmol NaOH ) = 4.98 mmol NaOH = 4.98 mmol OH~

L

Thus H* is in excess. To completely neutralize the acid requires the addition of 5.00 mmol of OH~ to the HCI solution.
Because only 4.98 mmol of OH~ has been added, the amount of excess H* is 5.00 mmol — 4.98 mmol = 0.02 mmol of H*.

B The final volume of the solution is 50.00 mL + 24.90 mL = 74.90 mL, so the final concentration of Ht is as follows:

0.02 mmol H*

_ 4
oomL S X10TM

[HY] =
Hence,

pH ~ —log[H'] = —log(3 x 107*) = 3.5

This is significantly less than the pH of 7.00 for a neutral solution.
? Exercise 4.5.1

Calculate the pH of a solution prepared by adding 40.00 mL of 0.237 M HCI to 75.00 mL of a 0.133M solution of NaOH.

Answer

11.6

pH after the addition of 10 ml of Strong Base to a Strong Acid:
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pH at the Equivalence Point in a Strong Acid/Strong Base Titration:

Titrations of Weak Acids and Bases

In contrast to strong acids and bases, the shape of the titration curve for a weak acid or a weak base depends dramatically on the
identity of the acid or the base and the corresponding K, or K. As we shall see, the pH also changes much more gradually around
the equivalence point in the titration of a weak acid or a weak base. As you learned previously, [H*] of a solution of a weak acid
(HA) is not equal to the concentration of the acid but depends on both its pK, and its concentration. Because only a fraction of a
weak acid dissociates, [\(H*] is less than [HA]. Thus the pH of a solution of a weak acid is greater than the pH of a solution of a
strong acid of the same concentration.

Figure 4.5.3a shows the titration curve for 50.0 mL of a 0.100 M solution of acetic acid with 0.200 M NaOH superimposed on the
curve for the titration of 0.100 M HCI shown in part (a) in Figure 4.5.2. Below the equivalence point, the two curves are very
different. Before any base is added, the pH of the acetic acid solution is greater than the pH of the HCI solution, and the pH changes
more rapidly during the first part of the titration. Note also that the pH of the acetic acid solution at the equivalence point is greater
than 7.00. That is, at the equivalence point, the solution is basic. In addition, the change in pH around the equivalence point is only
about half as large as for the HCI titration; the magnitude of the pH change at the equivalence point depends on the px, of the acid
being titrated. Above the equivalence point, however, the two curves are identical. Once the acid has been neutralized, the pH of
the solution is controlled only by the amount of excess NaOH present, regardless of whether the acid is weak or strong.
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Figure 4.5.3: The Titration of (a) a Weak Acid with a Strong Base and (b) a Weak Base with a Strong Acid. (a) As 0.200 M NaOH is
slowly added to 50.0 mL of 0.100 M acetic acid, the pH increases slowly at first, then increases rapidly as the equivalence point is
approached, and then again increases more slowly. The corresponding curve for the titration of 50.0 mL of 0.100 M HCI with 0.200
M NaOH is shown as a dashed line. (b) As 0.200 M HCI is slowly added to 50.0 mL of 0.100 M NH3, the pH decreases slowly at
first, then decreases rapidly as the equivalence point is approached, and then again decreases more slowly. The corresponding curve
for the titration of 50.0 mL of 0.100 M NaOH with 0.200 M HCI is shown as a dashed line. (CC BY-SA-NC; Anonymous by
request)

The titration curves of weak acid titrated with strong base and weak base titrated with strong acid are inverse of each other. These
curves are shorter than the titration curves with strong acid and strong base.

l The shape of the titration curve of a weak acid or weak base depends heavily on their identities and the K, or K.

The titration curve in Figure 4.5.3a was created by calculating the starting pH of the acetic acid solution before any NaOH is added
and then calculating the pH of the solution after adding increasing volumes of NaOH. The procedure is illustrated in the following
subsection and Example 4.5.2 for three points on the titration curve, using the pK, of acetic acid (4.76 at 25°C; K, = 1.7 x 107.

Calculating the pH of a Solution of a Weak Acid or a Weak Base

As explained discussed, if we know K, or K3 and the initial concentration of a weak acid or a weak base, we can calculate the pH
of a solution of a weak acid or a weak base by setting up a ICE table (i.e, initial concentrations, changes in concentrations, and final

concentrations). In this situation, the initial concentration of acetic acid is 0.100 M. If we define z as [H*] due to the dissociation of
the acid, then the table of concentrations for the ionization of 0.100 M acetic acid is as follows:

CH3CO.H (aq) = Ht (aq) + CH3CO,™

table of concentrations for the ionization of 0.100 M acetic acid

ICE [CH3CO,H] [H] [CH3C0;]
initial 0.100 1.00 x 1077 0
change -X +X +x

final 0.100 — x X X

In this and all subsequent examples, we will ignore [H+] and [OH | due to the autoionization of water when calculating the final
concentration. However, you should use Equation 16.45 and Equation 16.46 to check that this assumption is justified.

Inserting the expressions for the final concentrations into the equilibrium equation (and using approximations),
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_ [H*][0H;005]

*~ T[CH;CO,.H)

_ @@
0.100 — z

$2

0.100
~1.74 x 107°

~

Solving this equation gives = = [H*] = 1.32 x 103 M. Thus the pH of a 0.100 M solution of acetic acid is as follows:

pH = —log(1.32 x 1073) = 2.879

pH at the Start of a Weak Acid/Strong Base Titration:

Calculating the pH during the Titration of a Weak Acid or a Weak Base

Now consider what happens when we add 5.00 mL of 0.200 M NaOH to 50.00 mL of 0.100 M CH3CO-H (part (a) in Figure 4.5.3).
Because the neutralization reaction proceeds to completion, all of the OH~ ions added will react with the acetic acid to generate
acetate ion and water:

CH3CO2H o) + OH(;q) — CH3CO;(M) + H2O, (4.5.2)

All problems of this type must be solved in two steps: a stoichiometric calculation followed by an equilibrium calculation. In the
first step, we use the stoichiometry of the neutralization reaction to calculate the amounts of acid and conjugate base present in
solution after the neutralization reaction has occurred. In the second step, we use the equilibrium equation to determine [H*] of the
resulting solution.

Step 1

To determine the amount of acid and conjugate base in solution after the neutralization reaction, we calculate the amount of
CH3CO,H in the original solution and the amount of OH™~ in the NaOH solution that was added. The acetic acid solution contained

50.00 L (0.100 mmol(CH3;COzH)/ L) = 5.00 mmol(CH3;CO2H)
The NaOH solution contained
5.00 mL=1.00 mmol NaOH

Comparing the amounts shows that CH3;CO-H is in excess. Because OH ~ reacts with CH3CO-H in a 1:1 stoichiometry, the amount
of excess CH3CO-H is as follows:

5.00 mmol CH5CO.H — 1.00 mmol OH~ = 4.00 mmol CH;CO.H

Each 1 mmol of OH ™ reacts to produce 1 mmol of acetate ion, so the final amount of CH3COj is 1.00 mmol.
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The stoichiometry of the reaction is summarized in the following ICE table, which shows the numbers of moles of the various
species, not their concentrations.

CH3CO2H (aq) + OH™ (aq) = CH3CO:~ (aq) + H,O(1)

ICE table
ICE [CH5CO-H] [OH] [CH3CO,7]
initial 5.00 mmol 1.00 mmol 0 mmol
change —1.00 mmol —1.00 mmol +1.00 mmol
final 4.00 mmol 0 mmol 1.00 mmol

This ICE table gives the initial amount of acetate and the final amount of OH~ ions as 0. Because an aqueous solution of acetic
acid always contains at least a small amount of acetate ion in equilibrium with acetic acid, however, the initial acetate concentration
is not actually 0. The value can be ignored in this calculation because the amount of CH3COj in equilibrium is insignificant
compared to the amount of OH~ added. Moreover, due to the autoionization of water, no aqueous solution can contain 0 mmol of
OH -, but the amount of OH— due to the autoionization of water is insignificant compared to the amount of OH— added. We use the
initial amounts of the reactants to determine the stoichiometry of the reaction and defer a consideration of the equilibrium until the
second half of the problem.

Step 2

To calculate [H*] at equilibrium following the addition of NeOH, we must first calculate [CH3CO2H] and [CH3CO>~] using the
number of millimoles of each and the total volume of the solution at this point in the titration:

final volume = 50.00 mL + 5.00 mL = 55.00 mL

_ 4.00 mmol CH3CO.H 2
[CH;;COzI‘I] = 55.00 mL =727Tx107“ M
1.00 mmol CH;COj
[CH;C0;] = —— 0 28720 182 x 1072 M

55.00 mL

Knowing the concentrations of acetic acid and acetate ion at equilibrium and K, for acetic acid (1.74 x 107%), we can calculate [H]
at equilibrium:

K _ [CHsCOy| [H]
* = T [CH;CO.H|

K,[CH;CO.H]  (1.72x107°) (7.27 x 107 M)

= =6.95x 1075 M
[CH5CO5] (1.82 x 107%)

[E*] =

Calculating —log[H"] gives
pH = —1og(6.95 x 1075) = 4.158.

Comparing the titration curves for HCI and acetic acid in Figure 4.5.3a, we see that adding the same amount (5.00 mL) of 0.200 M
NaOH to 50 mL of a 0.100 M solution of both acids causes a much smaller pH change for HCI (from 1.00 to 1.14) than for acetic
acid (2.88 to 4.16). This is consistent with the qualitative description of the shapes of the titration curves at the beginning of this
section. In Example 4.5.2, we calculate another point for constructing the titration curve of acetic acid.
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pH Before the Equivalence Point of a Weak Acid/Strong Base Titration:

v/ Example 4.5.2

What is the pH of the solution after 25.00 mL of 0.200 M NaOH is added to 50.00 mL of 0.100 M acetic acid?
Given: volume and molarity of base and acid

Asked for: pH

Strategy:

A. Wri?eythe balanced chemical equation for the reaction. Then calculate the initial numbers of millimoles of OH~ and
CH3CO,H. Determine which species, if either, is present in excess.

B. Tabulate the results showing initial numbers, changes, and final numbers of millimoles.

C. If excess acetate is present after the reaction with OH™, write the equation for the reaction of acetate with water. Use a
tabular format to obtain the concentrations of all the species present.

D. Calculate K3 using the relationship K. = K,Kj. Calculate [OH—-] and use this to calculate the pH of the solution.

Solution
A Ignoring the spectator ion (Na'), the equation for this reaction is as follows:

CH3CO3H (4q) + OH (aq) = CH3CO5 (aq) + H20(1)
The initial numbers of millimoles of OH~ and CH3CO,H are as follows:
25.00 mL(0.200 mmol OH-mL=>5.00 mmol OH—
50.00 mL(0.100CH3COxHL = 5.00mmol CH3CO2H
The number of millimoles of OH ~ equals the number of millimoles of CH3;CO;H, so neither species is present in excess.

B Because the number of millimoles of OH~ added corresponds to the number of millimoles of acetic acid in solution, this is
the equivalence point. The results of the neutralization reaction can be summarized in tabular form.

CHsCOzH(aq) + OH(;I) = CH3CO; (aq) + H,O(1)

results of the neutralization reaction
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ICE [CH3CO,H] [OH] [CH3CO,
initial 5.00 mmol 5.00 mmol 0 mmol
change —5.00 mmol —5.00 mmol +5.00 mmol

final 0 mmol 0 mmol 5.00 mmol

C Because the product of the neutralization reaction is a weak base, we must consider the reaction of the weak base with water
to calculate [H+] at equilibrium and thus the final pH of the solution. The initial concentration of acetate is obtained from the
neutralization reaction:

5.00 mmol CH3CO,

=6. 1002 M
(50.00 + 25.00) mL 067 %10

[CH3CO,] =

The equilibrium reaction of acetate with water is as follows:
CH;3CO; (aq) + HoO (1) = CH3CO.H (aq) + OH™ (aq)
The equilibrium constant for this reaction is

Ky

K =
b K,

(4.5.3)

where K, is the acid ionization constant of acetic acid. We therefore define x as [OH~] produced by the reaction of acetate with
water. Here is the completed table of concentrations:

H;0q) + CHsCOy,) = CH;COyH ) + OHy,

completed table of concentrations

[CH3CO,] [CH3COH] [OH™]
initial 0.0667 0 1.00 x 10-7
change =% +x +x
final (0.0667 — x) X X

D We can obtain K3 by substituting the known values into Equation 4.5.3:

K, 1.01x107*

_ —10
B = irax g =010 (4.5.4)

Ky =

Substituting the expressions for the final values from the ICE table into Equation 4.5.4 and solving for z:

z2

0.0667

=5.80 x 10710

z= \/ (5.80 x 1071%)(0.0667)
=6.22 x 1078

Thus [OH~] =6.22 x 107% M and the pH of the final solution is 8.794 (Figure 4.5.3a). As expected for the titration of a weak
acid, the pH at the equivalence point is greater than 7.00 because the product of the titration is a base, the acetate ion, which
then reacts with water to produce OH-.

? Exercise 4.5.2

Calculate the pH of a solution prepared by adding 45.0 mL of a 0.213 M HCI solution to 125.0 mL of a 0.150 M solution of
ammonia. The pK; of ammonia is 4.75 at 25°C.

Answer
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| 9.23

As shown in part (b) in Figure 4.5.3, the titration curve for NH3, a weak base, is the reverse of the titration curve for acetic acid. In
particular, the pH at the equivalence point in the titration of a weak base is less than 7.00 because the titration produces an acid.

The identity of the weak acid or weak base being titrated strongly affects the shape of the titration curve. Figure 4.5.4 illustrates the
shape of titration curves as a function of the pk, or the pK;. As the acid or the base being titrated becomes weaker (its pK, or pKj
becomes larger), the pH change around the equivalence point decreases significantly. With very dilute solutions, the curve becomes
so shallow that it can no longer be used to determine the equivalence point.

14.00 ---
12.00 — _

14.00

12.00

10.00 — 10.00 —
5 Midpoint &
_,E 8.00 pK, =7 L_gn
5 6.00 | 5
T ‘ T
(=} [= %
4.00
2.00
o . |
WY o 42 A e
Volume of NaOH added (mlL) Volume of HCl added (mL)
(a) Weak acids titrated with strong base (b) Weak bases titrated with strong acid

Figure 4.5.4: Effect of Acid or Base Strength on the Shape of Titration Curves. Unlike strong acids or bases, the shape of the
titration curve for a weak acid or base depends on the pK, or pKj of the weak acid or base being titrated. (a) Solution pH as a
function of the volume of 1.00 M NaOH added to 10.00 mL of 1.00 M solutions of weak acids with the indicated pK, values. (b)
Solution pH as a function of the volume of 1.00 M HCI added to 10.00 mL of 1.00 M solutions of weak bases with the indicated
pK, values. The shapes of the two sets of curves are essentially identical, but one is flipped vertically in relation to the other.
Midpoints are indicated for the titration curves corresponding to pK, = 10 and pK; = 10. (CC BY-SA-NC; Anonymous by request)

The titration curves of weak acids with strong base and weak bases titrated with strong acid are inverses of each other. Three weak
acids and three weak bases with pKa and pKb of 4, 7, and 10 are used.

One point in the titration of a weak acid or a weak base is particularly important: the midpoint of a titration is defined as the point
at which exactly enough acid (or base) has been added to neutralize one-half of the acid (or the base) originally present and occurs
halfway to the equivalence point. The midpoint is indicated in Figures 4.5.4a and 4.5.4b for the two shallowest curves. By definition,
at the midpoint of the titration of an acid, [HA] = [A—]. Recall that the ionization constant for a weak acid is as follows:

_ [H:0*][47]
[HA]

K,
If [HA] = [A7], this reduces to K, = [H30%]. Taking the negative logarithm of both sides,
—log K, = —log[H30+]
From the definitions of pK, and pH, we see that this is identical to

pK,=pH (4.5.5)

Thus the pH at the midpoint of the titration of a weak acid is equal to the pK, of the weak acid, as indicated in part (a) in Figure
4.5.4 for the weakest acid where we see that the midpoint for pK, = 10 occurs at pH = 10. Titration methods can therefore be used
to determine both the concentration and the pK, (or the pK;) of a weak acid (or a weak base).

I The pH at the midpoint of the titration of a weak acid is equal to the pK, of the weak acid.

Titrations of Polyprotic Acids or Bases

When a strong base is added to a solution of a polyprotic acid, the neutralization reaction occurs in stages. The most acidic group is
titrated first, followed by the next most acidic, and so forth. If the pK, values are separated by at least three pK, units, then the
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overall titration curve shows well-resolved “steps” corresponding to the titration of each proton. A titration of the triprotic acid
H3PO, with NaOH is illustrated in Figure 4.5.5 and shows two well-defined steps: the first midpoint corresponds to pK,1, and the
second midpoint corresponds to pK,y. Because HPO4®™ is such a weak acid, pK,3 has such a high value that the third step cannot
be resolved using 0.100 M NaOH as the titrant.

14.00

12.00
10.00
=
£ 800
=
= Second midpoint
NS | pH=pK,,=7.21
< 6.00 ' -
ol H,PO,(ag) + OH ™~ (aq) == HPO4* (aq) + H,0(1)
equivalence ©
4.00
2.00

25.0 50.0 75.0 100.0
Volume of NaOH added (mL)

Figure 4.5.5: Titration Curve for Phosphoric Acid (H3PO;,, a Typical Polyprotic Acid. The curve for the titration of 25.0 mL of a

0.100 M H3PO, solution with 0.100 M NaOH along with the species in solution at each Ka is shown. Note the two distinct

equivalence points corresponding to deprotonation of H3PQy at pH ~ 4.6 and H,PO?~ at pH ~ 9.8. Because HPO? is a very weak

acid, the third equivalence point, at pH = 13, is not well defined. (CC BY-SA-NC; Anonymous by request)
The titration curve for the reaction of a polyprotic base with a strong acid is the mirror image of the curve shown in Figure 4.5.5.
The initial pH is high, but as acid is added, the pH decreases in steps if the successive pKj values are well separated. Table E1 lists
the ionization constants and pK, values for some common polyprotic acids and bases.

v Example 4.5.3

Calculate the pH of a solution prepared by adding 55.0 mL of a 0.120 M NaOH solution to 100.0 mL of a 0.0510 M solution of
oxalic acid (HO,CCO,H), a diprotic acid (abbreviated as Hyox). Oxalic acid, the simplest dicarboxylic acid, is found in rhubarb
and many other plants. Rhubarb leaves are toxic because they contain the calcium salt of the fully deprotonated form of oxalic
acid, the oxalate ion (0;CCO,%~, abbreviated ox?).Oxalate salts are toxic for two reasons. First, oxalate salts of divalent
cations such as Ca?* are insoluble at neutral pH but soluble at low pH. As a result, calcium oxalate dissolves in the dilute acid
of the stomach, allowing oxalate to be absorbed and transported into cells, where it can react with calcium to form tiny calcium
oxalate crystals that damage tissues. Second, oxalate forms stable complexes with metal ions, which can alter the distribution
of metal ions in biological fluids.

HO 0]
A
VRN
o} OH J
oxalic acid

Given: volume and concentration of acid and base

Asked for: pH
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Strategy:

A. Calculate the initial millimoles of the acid and the base. Use a tabular format to determine the amounts of all the species in
solution.
B. Calculate the concentrations of all the species in the final solution. Determine [H+] and convert this value to pH.

Solution:

A Table ES gives the pK, values of oxalic acid as 1.25 and 3.81. Again we proceed by determining the millimoles of acid and
base initially present:

T (M) 0 e

L

55.00 gLl (0‘120 mmol NaOH ) = 6.60 mmol NaOH

L

The strongest acid (Hsorx) reacts with the base first. This leaves (6.60 — 5.10) = 1.50 mmol of OH~ to react with Hox—,
forming ox?~ and H,0. The reactions can be written as follows:

Hyoxr + OH- — Hox~ + H,0
5.10 mmol  6.60 mmol 5.10 mmol  5.10 mmol

Hoz~ + OH- — oz> + H0
5.10 mmol  1.50 mmol 1.50 mmol 1,50 mmol

In tabular form,

Solutions to Example 17.3.3

Hoox OH~ Hox~ ox?~
initial 5.10 mmol 6.60 mmol 0 mmol 0 mmol
change (step 1) —5.10 mmol —5.10 mmol +5.10 mmol 0 mmol
final (step 1) 0 mmol 1.50 mmol 5.10 mmol 0 mmol
change (step 2) — —1.50 mmol —1.50 mmol +1.50 mmol
final 0 mmol 0 mmol 3.60 mmol 1.50 mmol

B The equilibrium between the weak acid (Hox™) and its conjugate base (0x?~) in the final solution is determined by the
magnitude of the second ionization constant, Ky = 10738 = 1.6 x 107. To calculate the pH of the solution, we need to know
[H*], which is determined using exactly the same method as in the acetic acid titration in Example 4.5.2:

final volume of solution = 100.0mL + 55.0 mL = 155.0mL
Thus the concentrations of Hox~ and ox?~ are as follows:

_ 3.60 mmol Hox~ 9
[Hox ]—W—2.32X10 M

[0 2_] _ 1.50 mmol oz~

- -3
155.0 mL =9.68x107° M

We can now calculate [H+] at equilibrium using the following equation:

_ [
Ka = [Hoz]

Rearranging this equation and substituting the values for the concentrations of Hox™ and ox?-,
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Ku[Hoz™]  (1.6x107%)(232x107%)

= 3.7Tx10* M
[oz*7] (9.68 x 107%)

[E7] =

So
pH = —log[H*] = —log (3.7 x 107*) = 3.43

This answer makes chemical sense because the pH is between the first and second pK, values of oxalic acid, as it must be. We
added enough hydroxide ion to completely titrate the first, more acidic proton (which should give us a pH greater than pK,,),
but we added only enough to titrate less than half of the second, less acidic proton, with pK . If we had added exactly enough
hydroxide to completely titrate the first proton plus half of the second, we would be at the midpoint of the second step in the
titration, and the pH would be 3.81, equal to pKgs.

? Exercise 4.5.3: Piperazine

Piperazine is a diprotic base used to control intestinal parasites (“worms”) in pets and humans. A dog is given 500 mg (5.80
mmol) of piperazine (pKy = 4.27, pKy = 8.67). If the dog’s stomach initially contains 100 mL of 0.10 M HCI (pH = 1.00),
calculate the pH of the stomach contents after ingestion of the piperazine.

piperazine

Answer

pH=4.9

Indicators

In practice, most acid-base titrations are not monitored by recording the pH as a function of the amount of the strong acid or base
solution used as the titrant. Instead, an acid-base indicator is often used that, if carefully selected, undergoes a dramatic color
change at the pH corresponding to the equivalence point of the titration. Indicators are weak acids or bases that exhibit intense
colors that vary with pH. The conjugate acid and conjugate base of a good indicator have very different colors so that they can be
distinguished easily. Some indicators are colorless in the conjugate acid form but intensely colored when deprotonated
(phenolphthalein, for example), which makes them particularly useful.

We can describe the chemistry of indicators by the following general equation:
Hin(aq) = H* (aq) + In" (aq)

where the protonated form is designated by HIn and the conjugate base by In—. The ionization constant for the deprotonation of
indicator HIn is as follows:

[H*][In"]

K = o

(4.5.6)

The pK;, (its pK,) determines the pH at which the indicator changes color.

Many different substances can be used as indicators, depending on the particular reaction to be monitored. For example, red
cabbage juice contains a mixture of colored substances that change from deep red at low pH to light blue at intermediate pH to
yellow at high pH. Similarly, Hydrangea macrophylla flowers can be blue, red, pink, light purple, or dark purple depending on the
soil pH (Figure 4.5.6). Acidic soils will produce blue flowers, whereas alkaline soils will produce pinkish flowers.

Trrespective of the origins, a good indicator must have the following properties:

o The color change must be easily detected.
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e The color change must be rapid.

o The indicator molecule must not react with the substance being titrated.

o To minimize errors, the indicator should have a pKj, that is within one pH unit of the expected pH at the equivalence point of
the titration.

Figure 4.5.6: Naturally occurring pH indicators can be found in red cabbage and Hydrangea macrophylla flowers. Red Cabbage

image (CC BY-SA 3.0; KENPEI via Wikipedia) and Hydrangea macrophylla flowers (pixabay).
Synthetic indicators have been developed that meet these criteria and cover virtually the entire pH range. Figure 4.5.7 shows the
approximate pH range over which some common indicators change color and their change in color. In addition, some indicators
(such as thymol blue) are polyprotic acids or bases, which change color twice at widely separated pH values.

Indicator pK;, Colorchange 120 —
Alizarin yellow R 110 yellow to red 11.0
Thymolphthalein 99 colorless to blue e ]
Phenolphthalein 95  colorless to pink 4 . ||
Thymol blue 92  yellow to blue 9.0
Phenol red 74 yellow to red 8.0 — —_
Bromothymolblue 7.3 yellow to blue = =y il
Bromocresol purple 6.4  yellow to purple E .
Ethyl red 54  colorless tored £ 60 I —
Resorcin blue 53 redtoblue & 50 —
Resazurin 5.1 orange to violet 4.0 - .
Methyl red 50 redtoyellow 3.0
Bromophenol blue 4.1 yellow to blue ’
2.0
Thymol blue 1.7  redtoyellow . - N
Malachite green 1.3 yellow to turquoise 1.0+
Methyl violet 08  yellow to blue B — ; : : — . —
& £ F > & A& & I F & 2
FEF T TS T EST T
S & FEFE FadSE FE L
& F T &FEF o TSN
v N f 2 & & & & &
& £ & & & W
Q}’\o Q)\oé\ b3 ¥

Figure 4.5.7: Some Common Acid-Base Indicators. Approximate colors are shown, along with pKj, values and the pH range over

which the color changes. (CC BY-SA-NC; Anonymous by request)
It is important to be aware that an indicator does not change color abruptly at a particular pH value; instead, it actually undergoes a
pH titration just like any other acid or base. As the concentration of HIn decreases and the concentration of In— increases, the color
of the solution slowly changes from the characteristic color of HIn to that of In—. As we will see later, the [In—]/[HIn] ratio changes
from 0.1 at a pH one unit below pKin to 10 at a pH one unit above pKin. Thus most indicators change color over a pH range of
about two pH units.

We have stated that a good indicator should have a pKin value that is close to the expected pH at the equivalence point. For a
strong acid-strong base titration, the choice of the indicator is not especially critical due to the very large change in pH that occurs
around the equivalence point. In contrast, using the wrong indicator for a titration of a weak acid or a weak base can result in
relatively large errors, as illustrated in Figure 4.5.8. This figure shows plots of pH versus volume of base added for the titration of
50.0 mL of a 0.100 M solution of a strong acid (HCIl) and a weak acid (acetic acid) with 0.100 M NeOH. The pH ranges over
which two common indicators (methyl red, pKi, = 5.0, and phenolphthalein, pK;, = 9.5) change color are also shown. The
horizontal bars indicate the pH ranges over which both indicators change color cross the HCI titration curve, where it is almost
vertical. Hence both indicators change color when essentially the same volume of NaOH has been added (about 50 mL), which
corresponds to the equivalence point. In contrast, the titration of acetic acid will give very different results depending on whether
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methyl red or phenolphthalein is used as the indicator. Although the pH range over which phenolphthalein changes color is slightly
greater than the pH at the equivalence point of the strong acid titration, the error will be negligible due to the slope of this portion
of the titration curve. Just as with the HCI titration, the phenolphthalein indicator will turn pink when about 50 mL of NaOH has
been added to the acetic acid solution. In contrast, methyl red begins to change from red to yellow around pH 5, which is near the
midpoint of the acetic acid titration, not the equivalence point. Adding only about 25-30 mL of NaOH will therefore cause the
methyl red indicator to change color, resulting in a huge error.

pH of solution pH of solution
14.0 — 14.0
12.0 H —12.0
10.0 10.0
Phenolphthalein @J
pH 8.2—-10.0, pKj,, 9.5 Equivalence -
8.0 point 80 8
— Equivalence
& point
‘ 6 ) —6.0
-
)
y Midpoint
4.0
Weak acid
2.0 - —2.0
Strong acid
Midpoint
0 T i T T 00
methyl 10.0 20.0 300 40.0 50.0 60.0 phenol-
red Volume of NaOH added (mL) phthalein

Figure 4.5.8: Choosing the Correct Indicator for an Acid—Base Titration. (CC BY-SA-NC; Anonymous by request)

If the pH of the solution is between 4.95 and 6 then methyl red should be used. If the pH is between 8,2 and 10 then

phenolphthalein should be used.
The graph shows the results obtained using two indicators (methyl red and phenolphthalein) for the titration of 0.100 M solutions
of a strong acid (HCI) and a weak acid (acetic acid) with 0.100 M NaeOH. Due to the steepness of the titration curve of a strong
acid around the equivalence point, either indicator will rapidly change color at the equivalence point for the titration of the strong
acid. In contrast, the pKin for methyl red (5.0) is very close to the pK, of acetic acid (4.76); the midpoint of the color change for
methyl red occurs near the midpoint of the titration, rather than at the equivalence point.

In general, for titrations of strong acids with strong bases (and vice versa), any indicator with a pKin between about 4.0 and 10.0
will do. For the titration of a weak acid, however, the pH at the equivalence point is greater than 7.0, so an indicator such as
phenolphthalein or thymol blue, with pKin > 7.0, should be used. Conversely, for the titration of a weak base, where the pH at the
equivalence point is less than 7.0, an indicator such as methyl red or bromocresol blue, with pKin < 7.0, should be used.

The existence of many different indicators with different colors and pKin values also provides a convenient way to estimate the pH
of a solution without using an expensive electronic pH meter and a fragile pH electrode. Paper or plastic strips impregnated with
combinations of indicators are used as “pH paper,” which allows you to estimate the pH of a solution by simply dipping a piece of
pH paper into it and comparing the resulting color with the standards printed on the container (Figure 4.5.9).
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Figure 4.5.9: pH Paper. pH paper contains a set of indicators that change color at different pH values. The approximate pH of a
solution can be determined by simply dipping a paper strip into the solution and comparing the color to the standards provided. (CC
BY-SA-NC; Anonymous by request)

pH Indicators: [youtu.be]

Summary and Takeaway

Plots of acid-base titrations generate titration curves that can be used to calculate the pH, the pOH, the pK,, and the pKj of the
system. The shape of a titration curve, a plot of pH versus the amount of acid or base added, provides important information about
what is occurring in solution during a titration. The shapes of titration curves for weak acids and bases depend dramatically on the
identity of the compound. The equivalence point of an acid-base titration is the point at which exactly enough acid or base has
been added to react completely with the other component. The equivalence point in the titration of a strong acid or a strong base
occurs at pH 7.0. In titrations of weak acids or weak bases, however, the pH at the equivalence point is greater or less than 7.0,
respectively. The pH tends to change more slowly before the equivalence point is reached in titrations of weak acids and weak
bases than in titrations of strong acids and strong bases. The pH at the midpoint, the point halfway on the titration curve to the
equivalence point, is equal to the pK, of the weak acid or the pKj of the weak base. Thus titration methods can be used to
determine both the concentration and the pK, (or the pK3) of a weak acid (or a weak base). Acid—base indicators are compounds
that change color at a particular pH. They are typically weak acids or bases whose changes in color correspond to deprotonation or
protonation of the indicator itself.
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CHAPTER OVERVIEW

Unit 5: Solubility Equilibrium
Unit 5 Objectives

By the end of this unit, you will be able to:

o Define solutions/solutes/solvent/solubility

e Describe the process by which ionic compounds dissolve in water

¢ Solve simple molar solubility problems from Ksp or concentration

o Describe how the common ion effect affects the solubility of ionic compounds
e Solve common ion effect and solubility problems

e Predict precipitation reactions using Q and Ksp

e Model complex ion equilibrium

e Model selective preciptiation experiments

5.1: Solubility Equilibria and the Solubility Product Constant
5.2: Precipitation

5.3: Qualitative Chemical Analysis

5.4: Complex Ion Equilibria

Unit 5: Solubility Equilibrium is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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5.1: Solubility Equilibria and the Solubility Product Constant

4b Learning Objectives

« To calculate the solubility of an ionic compound from its Ky

We begin our discussion of solubility and complexation equilibria—those associated with the formation of complex ions—by
developing quantitative methods for describing dissolution and precipitation reactions of ionic compounds in aqueous solution. Just
as with acid-base equilibria, we can describe the concentrations of ions in equilibrium with an ionic solid using an equilibrium
constant expression.

The Solubility Product

When a slightly soluble ionic compound is added to water, some of it dissolves to form a solution, establishing an equilibrium
between the pure solid and a solution of its ions. For the dissolution of calcium phosphate, one of the two main components of
kidney stones, the equilibrium can be written as follows, with the solid salt on the left:

Ca(POy)y(s) = 3Cair) +2POY,

S (5.1.1)

As you will discover in Section 17.4 and in more advanced chemistry courses, basic anions, such as S2-, PO,3", and CO32‘, react
with water to produce OH™ and the corresponding protonated anion. Consequently, their calculated molarities, assuming no
protonation in aqueous solution, are only approximate.

The equilibrium constant for the dissolution of a sparingly soluble salt is the solubility product (Ksp) of the salt. Because the
concentration of a pure solid such as Caz(PO,), is a constant, it does not appear explicitly in the equilibrium constant expression.
The equilibrium constant expression for the dissolution of calcium phosphate is therefore

_ [Ca™P[PO} )2
~ "[Cas(PO4)s] (5.1.2)
[Cas(PO)s]K = Ko = [Ca™ P[POY ] (5.1.3)

At 25°C and pH 7.00, Ksp for calcium phosphate is 2.07 x 10723, indicating that the concentrations of Ca?" and PO,>” ions in
solution that are in equilibrium with solid calcium phosphate are very low. The values of K, for some common salts are listed in
Table 5.1.1, which shows that the magnitude of K, varies dramatically for different compounds. Although K, is not a function of
pH in Equations 5.1.2 and 5.1.3, changes in pH can affect the solubility of a compound as discussed later.

I As with any K, the concentration of a pure solid does not appear explicitly in Kgp,.

Table 5.1.1: Solubility Products for Selected Ionic Substances at 25°C
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Solid Color
Acetates
HOLE
Bromides
AgBr off-white
Hg,Bry* yellow
Carbonates
CaCO3 white
PbCO3 white
Chlorides
AgCl white
Hg,Cly* white
PbCl, white
Chromates
CaCrOy4 yellow
PbCrOy4 yellow
Fluorides
BaF, white
PbF, white
Hydroxides
Ca(OH), white
Cu(OH), pale blue
Mn(OH), light pink
Cr(OH); gray-green
Fe(OH)3 rust red

*These contain the Hg,2" ion.

4x1073

5.35x 10713

6.40 x 10723

3.36x 1070

7.40 x 10714

1.77 x 10710
1.43x 10718

1.70 x 107>

7.1x107*

2.8x10713

1.84 x 1077

33x10°8

5.02 x 10°°
1x1071
1.9x 10713
6.3 x 10731

2.79 x 10739

Solid

Hgolp*

Pbl,

AgrCr04
MgC2O42H20

PbC,04

AgsPO,4
Sr3(PO4)

FePO42H,0

AgySO4
BaSOy4

PbSO4

Ag,S
CdS
PbS

ZnS

Color

Iodides

yellow

yellow
Oxalates
white
white
white
Phosphates
white
white
pink
Sulfates
white
white
white
Sulfides
black
yellow
black

white

5.2 x 10722

9.8x107°

5.40 x 10712
4.83 x 1076

48x10710

8.89 x 10717
40x107%

9.91x 10716

1.20 x 107>
1.08 x 10710

2.53x1078

6.3 x 1070
8.0 x 10727
8.0 x 10728

1.6 x 10724
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Definition of a Solubility Product: [youtu.be]

Solubility products are determined experimentally by directly measuring either the concentration of one of the component ions or
the solubility of the compound in a given amount of water. However, whereas solubility is usually expressed in terms of mass of
solute per 100 mL of solvent, K, like K, is defined in terms of the molar concentrations of the component ions.

A color photograph of a kidney stone, 8 mm in length. Kidney stones form from sparingly soluble calcium salts and are largely
composed of Ca(O,CCO,)-H,0 and Caz(POy),. from Wikipedia.

v/ Example 5.1.1

Calcium oxalate monohydrate [Ca(0O,CCO7)-H,0, also written as CaCy04-H»0] is a sparingly soluble salt that is the other
major component of kidney stones [along with Ca3(POy),]. Its solubility in water at 25°C is 7.36 x 107 g/100 mL. Calculate
its K.

Given: solubility in g/100 mL

Asked for: K,

Strategy:

A. Write the balanced dissolution equilibrium and the corresponding solubility product expression.

B. Convert the solubility of the salt to moles per liter. From the balanced dissolution equilibrium, determine the equilibrium
concentrations of the dissolved solute ions. Substitute these values into the solubility product expression to calculate K.

Solution

A We need to write the solubility product expression in terms of the concentrations of the component ions. For calcium oxalate
monohydrate, the balanced dissolution equilibrium and the solubility product expression (abbreviating oxalate as ox>") are as
follows:

Ca(05CC0,) - Hy0(s) = Ca?t(aq) + ~02CCO; (aq) + HyO(1) Kep = [Ca?t][ox?]

Neither solid calcium oxalate monohydrate nor water appears in the solubility product expression because their concentrations
are essentially constant.
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B Next we need to determine [Ca%'] and [0x27] at equilibrium. We can use the mass of calcium oxalate monohydrate that
dissolves in 100 mL of water to calculate the number of moles that dissolve in 100 mL of water. From this we can determine
the number of moles that dissolve in 1.00 L of water. For dilute solutions, the density of the solution is nearly the same as that
of water, so dissolving the salt in 1.00 L of water gives essentially 1.00 L of solution. Because each 1 mol of dissolved calcium
oxalate monohydrate dissociates to produce 1 mol of calcium ions and 1 mol of oxalate ions, we can obtain the equilibrium
concentrations that must be inserted into the solubility product expression. The number of moles of calcium oxalate
monohydrate that dissolve in 100 mL of water is as follows:

736 x 10 g

= 5 —5.04x 107% mol ‘H
146.1 g/mol 5.04 X 10™° mo Ca(020002) 20

The number of moles of calcium oxalate monohydrate that dissolve in 1.00 L of the saturated solution is as follows:

(5.04 x 1076 mol Ca(OgcCOg-)HZO) ( 1000 mL

— —5 _ -5
100 mL LO0L ) =5.04 x 107° mol/L = 5.04 x 10—° M

Because of the stoichiometry of the reaction, the concentration of Ca>* and ox®" ions are both 5.04 x 10~ M. Inserting these
values into the solubility product expression,

Ky = [Ca®M[oz®"] = (5.04 x 107°)(5.04 x 1075) = 2.54 x 107

In our calculation, we have ignored the reaction of the weakly basic anion with water, which tends to make the actual solubility
of many salts greater than the calculated value.

? Exercise 5.1.1: Calcite

One crystalline form of calcium carbonate (CaCOs3) is "calcite", found as both a mineral and a structural material in many
organisms. Calcite is found in the teeth of sea urchins. The urchins create depressions in limestone that they can settle in by
grinding the rock with their teeth. Limestone, however, also consists of calcite, so how can the urchins grind the rock without
also grinding their teeth? Researchers have discovered that the teeth are shaped like needles and plates and contain magnesium.
The concentration of magnesium increases toward the tip, which contributes to the hardness. Moreover, each tooth is
composed of two blocks of the polycrystalline calcite matrix that are interleaved near the tip. This creates a corrugated surface
that presumably increases grinding efficiency. Toolmakers are particularly interested in this approach to grinding.

? ~L

= \-, T~

>

st L
A crystal of calcite (CaCOy3), illustrating the phenomenon of double refraction. When a transparent crystal of calcite is placed
over a page, we see two images of the letters. from Wikipedia

The solubility of calcite in water is 0.67 mg/100 mL. Calculate its K,
Answer

45x%x107°

The reaction of weakly basic anions with H,O tends to make the actual solubility of many
salts higher than predicted.
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Finding Ksp from Ion Concentrations: [youtu.be]

Tabulated values of K, can also be used to estimate the solubility of a salt with a procedure that is essentially the reverse of the one
used in Example 5.1.1. In this case, we treat the problem as a typical equilibrium problem and set up a table of initial
concentrations, changes in concentration, and final concentrations ( ), remembering that the concentration of the pure
solid is essentially constant.

v/ Example 5.1.2

We saw that the K, for Caz(PO,), is 2.07 x 10733 at 25°C. Calculate the aqueous solubility of Cas(PO,), in terms of the
following:

a. the molarity of ions produced in solution
b. the mass of salt that dissolves in 100 mL of water at 25°C

Given: K
Asked for: molar concentration and mass of salt that dissolves in 100 mL of water

Strategy:

A. Write the balanced equilibrium equation for the dissolution reaction and construct a table showing the concentrations of the
species produced in solution. Insert the appropriate values into the solubility product expression and calculate the molar
solubility at 25°C.

B. Calculate the mass of solute in 100 mL of solution from the molar solubility of the salt. Assume that the volume of the
solution is the same as the volume of the solvent.

Solution:

A. A The dissolution equilibrium for Caz(PO,), (Equation 5.1.2) is shown in the following . Because we are starting
with distilled water, the initial concentration of both calcium and phosphate ions is zero. For every 1 mol of Ca3(PO,), that
dissolves, 3 mol of Ca®" and 2 mol of PO, ions are produced in solution. If we let x equal the solubility of Caz(POy); in
moles per liter, then the change in [Ca%'] will be +3x, and the change in [PO43_] will be +2x. We can insert these values into

the table.
Ca3(PO,),(s) = 3Ca**(aq) + 2PO,* (aq)
Solutions to Example 17.4.2
Ca3(P04)2 [Ca2+] [PO4%]
initial pure solid 0 0
change — +3x +2x
final pure solid 3x 2x
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Although the amount of solid Caz(PO,), changes as some of it dissolves, its molar concentration does not change. We
now insert the expressions for the equilibrium concentrations of the ions into the solubility product expression (Equation

17.2):
Ky = [Ca®’[PO]? = (3z)°(22)* (5.1.4)
2.07 x 10733 = 108z° (5.1.5)
1.92 x 1073 = g5 (5.1.6)
114x10" M=z (5.1.7)

This is the molar solubility of calcium phosphate at 25°C. However, the molarity of the ions is 2x and 3x, which means
that [PO4>] = 2.28 x 1077 and [Ca®*] = 3.42 x 1077,

b. B To find the mass of solute in 100 mL of solution, we assume that the density of this dilute solution is the same as the

density of water because of the low solubility of the salt, so that 100 mL of water gives 100 mL of solution. We can then
determine the amount of salt that dissolves in 100 mL of water:

1.14 x 10~7 mol 1L 310.18 g Ca3(POy)2
( 1L )100 mL(looo mL)( 1 mol

) =3.54 x 1076 g Ca3(POy),

? Exercise 5.1.2

The solubility product of silver carbonate (Ag,CO5) is 8.46 x 10712 at 25°C. Calculate the following:

a. the molarity of a saturated solution
b. the mass of silver carbonate that will dissolve in 100 mL of water at this temperature

Answer
a.1.28 x 104 M
b. 3.54 mg

Finding the Solubility of a Salt: [youtu.be]

The lon Product
The ion product (Q) of a salt is the product of the concentrations of the ions in solution raised to the same powers as in the
solubility product expression. It is analogous to the reaction quotient (Q) discussed for gaseous equilibria. Whereas K, describes
equilibrium concentrations, the ion product describes concentrations that are not necessarily equilibrium concentrations.

I The ion product Q is analogous to the reaction quotient Q for gaseous equilibria.
As summarized in Figure 5.1.1, there are three possible conditions for an aqueous solution of an ionic solid:

* Q<K,,. The solution is unsaturated, and more of the ionic solid, if available, will dissolve.

¢ Q= K. The solution is saturated and at equilibrium.
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¢ Q> Ksp. The solution is supersaturated, and ionic solid will precipitate.

lon product, (Q)

Change in amount of dissolved
solid over time

Figure 5.1.1: The Relationship between Q and K. If Q is less than K, the solution is unsaturated and more solid will dissolve
until the system reaches equilibrium (Q = Kjp). If Q is greater than Kgp, the solution is supersaturated and solid will precipitate until
Q = Kgp. If Q = Ky, the rate of dissolution is equal to the rate of precipitation; the solution is saturated, and no net change in the
amount of dissolved solid will occur.

Graph of ion product against change in amount of dissolved solid over time. The purple curves are when Q is greater or less than

Ksp. The green line is when Q is equal to Ksp.
The process of calculating the value of the ion product and comparing it with the magnitude of the solubility product is a
straightforward way to determine whether a solution is unsaturated, saturated, or supersaturated. More important, the ion product
tells chemists whether a precipitate will form when solutions of two soluble salts are mixed.

v/ Example 5.1.3

We mentioned that barium sulfate is used in medical imaging of the gastrointestinal tract. Its solubility product is 1.08 x 10710
at 25°C, so it is ideally suited for this purpose because of its low solubility when a “barium milkshake” is consumed by a
patient. The pathway of the sparingly soluble salt can be easily monitored by x-rays. Will barium sulfate precipitate if 10.0 mL
of 0.0020 M Na,SO, is added to 100 mL of 3.2 x 10~ M BaCl,? Recall that NaCl is highly soluble in water.

Given: K, and volumes and concentrations of reactants

Asked for: whether precipitate will form

Strategy:
A. Write the balanced equilibrium equation for the precipitation reaction and the expression for K.

B. Determine the concentrations of all ions in solution when the solutions are mixed and use them to calculate the ion product

Q.

C. Compare the values of Q and K, to decide whether a precipitate will form.

Solution
A The only slightly soluble salt that can be formed when these two solutions are mixed is BaSO, because NaCl is highly
soluble. The equation for the precipitation of BaSO, is as follows:

BaSOy) = Bafy) + 507,

The solubility product expression is as follows:

K, = [Ba®*][SO,*] = 1.08x107"°
B To solve this problem, we must first calculate the ion product—Q = [Ba2+][SO42_]—using the concentrations of the ions that
are present after the solutions are mixed and before any reaction occurs. The concentration of Ba** when the solutions are

mixed is the total number of moles of Ba?* in the original 100 mL of BaCl, solution divided by the final volume (100 mL +
10.0 mL = 110 mL):
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—4
moles Ba?t = 100 mL ( 1L ) (3.2 x 10~ mol

) =3.2 x 1075 mol Ba?t

1000 mL A 1L
3.2 x 10~° mol Ba** ) (1000 mL
2+] — — —4 2+
[Ba ]_( Tt )( N5 ) 2.9 x 10~* M Ba

Similarly, the concentration of S04 after mixing is the total number of moles of S04 in the original 10.0 mL of NaSOq4
solution divided by the final volume (110 mL):

moles SO = 10.0 mL ( IOJOLmL) (0'0012 (;,md

) =20 x 10~ mol SO%-
[S0%] = (2.0 x 1075 mol SO2~ (1000 mL

- —4 -
s 1L )_1.s><10 M SO2

We can now calculate Q:
Q = [Ba?"][S04*] = (2.9x107%)(1.8x107%) = 5.2x1078

C We now compare Q with the Kgp. If Q > K, then BaSO4 will precipitate, but if Q < Kgp, it will not. Because Q > K, we
predict that BaSO4 will precipitate when the two solutions are mixed. In fact, BaSO4 will continue to precipitate until the
system reaches equilibrium, which occurs when [Ba2+][SO42’] = Kp = 1.08 x 10710,

? Exercise 5.1.3

The solubility product of calcium fluoride (CaF5) is 3.45 x 107, If 2.0 mL of a 0.10 M solution of NaF is added to 128 mL of
a 2.0 x 107°M solution of Ca(NO3),, will CaF, precipitate?

Answer

yes (Q=4.7 x 107 > K))

Determining if a Precipitate forms (The Ion Product):

[youtu.be]

The Common lon Effect and Solubility

The solubility product expression tells us that the equilibrium concentrations of the cation and the anion are inversely related. That
is, as the concentration of the anion increases, the maximum concentration of the cation needed for precipitation to occur decreases
—and vice versa—so that K, is constant. Consequently, the solubility of an ionic compound depends on the concentrations of
other salts that contain the same ions. Adding a common cation or anion shifts a solubility equilibrium in the direction predicted by
Le Chatelier’s principle. As a result, the solubility of any sparingly soluble salt is almost always decreased by the presence of a
soluble salt that contains a common ion. The exceptions generally involve the formation of complex ions, which is discussed later.

Consider, for example, the effect of adding a soluble salt, such as CaCl,, to a saturated solution of calcium phosphate [Ca3(PO,),].
We have seen that the solubility of Ca3(POy), in water at 25°C is 1.14 x 1077 M (K, = 2.07 x 10733). Thus a saturated solution of
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Caz(POy), in water contains 3 x (1.14 x 107/ M) = 3.42 x 107/ M Ca** and 2 x (1.14 x 107 M) = 2.28 x 10”7 M PO,*>", according
to the stoichiometry shown in Equation 5.1.1 (neglecting hydrolysis to form HPO4> as described in Chapter 16). If CaCl, is added
to a saturated solution of Ca3(PQOy)y, the Ca?" ion concentration will increase such that [Ca®*] > 3.42 x 1077 M, making Q > K.
The only way the system can return to equilibrium is for the reaction in Equation 5.1.1 to proceed to the left, resulting in
precipitation of Ca3(POy),. This will decrease the concentration of both Ca%* and PO,% until Q = Ksp.

I The common ion effect usually decreases the solubility of a sparingly soluble salt.

v/ Example 5.1.4

Calculate the solubility of calcium phosphate [Ca3(PO4),] in 0.20 M CaCl,.
Given: concentration of CaCl, solution

Asked for: solubility of Ca3(POy); in CaCl; solution

Strategy:
A. Write the balanced equilibrium equation for the dissolution of Ca3(PO,),. Tabulate the concentrations of all species

produced in solution.
B. Substitute the appropriate values into the expression for the solubility product and calculate the solubility of Caz(PO,),.

Solution

A The balanced equilibrium equation is given in the following table. If we let x equal the solubility of Caz(PO,), in moles per
liter, then the change in [Ca2*] is once again +3x, and the change in [PO43‘] is +2x. We can insert these values into the ICE
table.

Ca3(POy)a(s) = 3Caiy, +2PO%

Solutions to Example 17.4.4

Ca3(P04)2 [Ca%'] [PO,%]
initial pure solid 0.20 0
change — +3x +2x
final pure solid 0.20 + 3x 2x

B The K, expression is as follows:
Ky, = [Ca*" P[PO,** = (0.20 + 3x)*(2x)* = 2.07x10~
Because Ca3(POy); is a sparingly soluble salt, we can reasonably expect that x << 0.20. Thus (0.20 + 3x) M is approximately

0.20 M, which simplifies the K, expression as follows:

Ky = (0.20)3(22)% = 2.07 x 1073
z?=6.5x 10732
z=25x10"1M

This value is the solubility of Caz(PO,), in 0.20 M CaCl, at 25°C. It is approximately nine orders of magnitude less than its
solubility in pure water, as we would expect based on Le Chatelier’s principle. With one exception, this example is identical to
Example 5.1.2—here the initial [Ca%'] was 0.20 M rather than 0.

? Exercise 5.1.4

Calculate the solubility of silver carbonate in a 0.25 M solution of sodium carbonate. The solubility of silver carbonate in pure
water is 8.45 x 10712 at 25°C.

Answer
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l 2.9 x 107% M (versus 1.3 x 107* M in pure water)

The Common Ion Effect in Solubility Products: [youtu.be]

Summary

The solubility product (Ksp) is used to calculate equilibrium concentrations of the ions in solution, whereas the ion product (Q)
describes concentrations that are not necessarily at equilibrium. The equilibrium constant for a dissolution reaction, called the
solubility product (Ksp), is a measure of the solubility of a compound. Whereas solubility is usually expressed in terms of mass of
solute per 100 mL of solvent, Ky, is defined in terms of the molar concentrations of the component ions. In contrast, the ion product
(Q) describes concentrations that are not necessarily equilibrium concentrations. Comparing Q and K, enables us to determine
whether a precipitate will form when solutions of two soluble salts are mixed. Adding a common cation or common anion to a
solution of a sparingly soluble salt shifts the solubility equilibrium in the direction predicted by Le Chatelier’s principle. The
solubility of the salt is almost always decreased by the presence of a common ion.
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5.2: Precipitation

4b Learning Objectives

o Calculate ion concentrations to maintain a heterogeneous equilibrium.
o Calculate pH required to precipitate a metal hydroxide.
o Design experiments to separate metal ions in a solution of mixtures of metals.

A mixture of metal ions in a solution can be separated by precipitation with anions such as CI~, Br—, S0,42-, CO32~, $%-, Cry04%",
PO4%", OH~ etc. When a metal ion or a group of metal ions form insoluble salts with a particular anion, they can be separated from
others by precipitation. We can also separate the anions by precipitating them with appropriate metal ions. There are no definite
dividing lines between insoluble salts, sparingly soluble, and soluble salts, but concentrations of their saturated solutions are
small, medium, and large. Solubility products are usually listed for insoluble and sparingly soluble salts, but they are not given for
soluble salts. Solubility products for soluble salts are very large.

What type of salts are usually soluble, sparingly soluble and insoluble? The following are some general guidelines, but these are
not precise laws.

o All nitrates are soluble. The singly charged large NO3~ ions form salts with high solubilities. So do Cl04~, Cl03~, NO,™,
HCOO™, and CH3COO~.

« All chlorides, bromides, and iodides are soluble except those of Ag*, Hgo?*, and Pb?*. CaF,, BaF,, and PbF, are also insoluble.

« All sulfates are soluble, except those of Ba?*, Sr?*, and Pb?*. The doubly charged sulfates are usually less soluble than halides
and nitrates.

e Most singly charge cations K+, Na+, NH,*+ form soluble salts. However, K3Co(NO2)s and (NH;)3Co(NO)g are insoluble.

These are handy rules for us to have if we deal with salts often. On the other hand, solubility is an important physical property of a
substance, and these properties are listed in handbooks.

Chemical Separation of Metal lons

Formation of crystals from a saturated solution is a heterogeneous equilibrium phenomenon, and it can be applied to separate
various chemicals or ions in a solution. When solubilities of two metal salts are very different, they can be separated by
precipitation. The Kg, values for various salts are valuable information, and some data are given in Table E3. In the first two
examples, we show how barium and strontium can be separated as chromate.

v/ Example 5.2.1

The Ky, for strontium chromate is 3.6 x 10~ and the K, for barium chromate is 1.2 x 107*°. What concentration of potassium
chromate will precipitate the maximum amount of either the barium or the strontium chromate from an equimolar 0.30 M
solution of barium and strontium ions without precipitating the other?

Solution

Since the K, for barium chromate is smaller, we know that BaCrO4 will form a precipitate first as [CrO4%~ ] increases so that
Qsp for BaCrOy4 also increases from zero to K, of BaCrOy, at which point, BaCrO, precipitates. As [CrO4>" | increases, [Ba®*]
decreases. Further increase of [CrO4%~ ] till Qsp for SrCrO, increases to K, of SrCrOy; it then precipitates.

Let us write the equilibrium equations and data down to help us think. Let z be the concentration of chromate to precipitate
Sr?*, and y be that to precipitate Ba?*:

SrCrO4(s) — Sr** (aq) + CrO4%~ (aq)
According to the definition of K, we have we have Kg, = (0.30)(z) = 3.6 x 10~°. Solving for z gives

3.6 x107° g
7= o — =12x107'M

Further, let y be the concentration of chromate to precipitate precipitate Ba%*:
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with K¢ = (0.30)(y) = 1.2 x 10710. Solving for y gives

BaCrO4(s) — Ba?t (aq) 4+ CrO,% (aq)

_ 12x10710

_ —10
y="ggg— =40x107° M

The Ksp's for the two salts indicate BaCrO4 to be much less soluble, and it will precipitate before any SrCrO4 precipitates. If
chromate concentration is maintained less than 1.2 x 10™4M, then all Sr?* ions will remain in the solution.

Discussion
In reality, controling the increase of [CrO42~ ] is very difficult.

v/ Example 5.2.2

The K, for strontium chromate is 3.6 x 1075 and the K, for barium chromate is 1.2 x 107'°. Potassium chromate is added a
small amount at a time to first precipitate BaCrQO,. Calculate [Ba?*] when the first trace of SrCrO, precipitate starts to form in a
solution that contains 0.30 M each of Ba?+ and Sr2* ions.

Solution
From the solution given in Example 5.2.1, [CtO42~ ] = 3.6 x 107* M when SrCrO, starts to form. At this concentration, the
[Ba2*] is estimated at 3.6 x 107 = 1.2 x 10710,

The Ksp of BaCrOy,.
Thus,
[Ba?*]=3.33x 107" M

Very small indeed, compared to 0.30. In the fresh precipitate of SrCrQ,, the molar ratio of SrCrO4 to BaCrQy is

00 _g0x10

3.33 x 1077
Hence, the amount of Ba?t ion in the solid is only 1 x 10~ (i.e., 1 ppm) of all metal ions, providing that all the solid was
removed when

[CrO4% ] =3.6 x 1074M.
Discussion

The calculation shown here indicates that the separation of Sr and Ba is pretty good. In practice, an impurity level of 1 ppm is a
very small value.

v/ Example 5.2.3

What reagent should you use to separate silver and lead ions that are present in a solution? What data or information will be
required for this task?

Solution
The Ksp's for salts of silver and lead are required. We list the Kp's for chlorides and sulfates in a table here. These value are
found in the Handbook Menu of our website as Salts Kip.

Solutions to Example 17.6.3

Because the Ksp's AgCl and PbCl, are very different, chloride, Cl~, apppears a good choice of negative ions for their separation.

The literature also indicates that PbCl, is rather soluble in warm water, and by heating the solution to 350 K (80°C), you can
keep Pb?* ions in solution and precipitate AgCl as a solid. The solubility of AgCl is very small even at high temperatures.

Discussion

Find more detailed information about the solubility of lead chloride as a function of temperature.
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Salt Ksp Salt Ksp
AgCl 1.8x 10710 AgzS0, 1.4x 1075
Hg»Cl, 1.3x 10718 BaS0, 1.1x 10720
PbCl, 1.7x 1075 CaSO4 2.4x 107"
PbSO, 6.3 107"
SrS04 3.2x 1077
Can sulfate be used to separate silver and lead ions? Which one will form a precipitate first as the sulfate ion concentration

increases? What is the [Pb?*] when Ag,S0, begins to precipitate in a solution that contains 0.10 M Ag*?

The Separation of Two Ions by a Difference in Solubility:
[youtu.be]
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by Chung (Peter) Chieh is licensed

https://chem.libretexts.org/@go/page/207276


https://libretexts.org/
https://chem.libretexts.org/@go/page/207276?pdf
https://youtu.be/TWfnhLZnFcc
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/05%3A_Solubility_Equilibrium/5.02%3A_Precipitation
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/05%3A_Solubility_Equilibrium/5.02%3A_Precipitation?no-cache
https://chem.libretexts.org/@go/page/25188
https://creativecommons.org/licenses/by-nc-sa/3.0/
https://www.youtube.com/watch?v=TWfnhLZnFcc

LibreTexts"

5.3: Qualitative Chemical Analysis

4b Learning Objectives

o To know how to separate metal ions by selective precipitation.

e To understand how several common metal cations can be identified in a solution using selective precipitation.

The composition of relatively complex mixtures of metal ions can be determined using qualitative analysis, a procedure for

discovering the identity of metal ions present in the mixture (rather than quantitative information about their amounts). The

procedure used to separate and identify more than 20 common metal cations from a single solution consists of selectively

precipitating only a few kinds of metal ions at a time under given sets of conditions. Consecutive precipitation steps become

progressively less selective until almost all of the metal ions are precipitated, as illustrated in Figure 5.3.1.

SOLUTION OF CATIONS, GROUPS 1-5

group 1 cations: Ag*‘, Pb2+, ng2+

group 2 cations: As3™, Bi3T, Cd2*, Cu2*, ng+, Sh3*, Sn2t

group 3 cations: Co2t, Fe2t, Fe3*, Mn2*, Ni2t, Zn2*, AI3*, Cr3t

group 4 cations: Mg2*, Ca?*, Sr2%, Ba2*
group 5 cations: Li*, Na*, K*, Rb*, Cs*, NH4+

add HCl(aq)
precipitate group 1 cations

solution containing

v

AgCl, P bclz, Hg 2C I 5

insoluble chlorides

separate solution from precipitate

groups 2, 3, 4, and 5 cations ¥

add H,5(g)
precipitate group 2 cations

solution containing

A 4

As,S3, BiyS3, CdS, CusS, HgS, Sb,S3, SnS

acid-insoluble sulfides

separate solution from precipitate

groups 3, 4, and 5 cations <

add NaOH(aq)
or NHz(g)

add (NH4);5(aq) precipitate group 3 cations

solution containing

v

CoS, FeS, MnS, NiS, ZnS, Al(OH)3, Cr(OH);
base-insoluble sulfides and hydroxides

separate solution from precipitate

groups 4 and 5 cations ™

add NazCOslaq)

NH4)2HPO4 tei 5
for (NHa)2 (aq)] Precipitate group 4 cations

solution containing _

k4

MgCO, CaC0j, SrCOs, BaCO,
insoluble carbonates (or phosphates)

separate solution from precipitate

group 5 cations

Figure 5.3.1: Steps in a Typical Qualitative Analysis Scheme for a Solution That Contains Several Metal Ions

Group 1: Insoluble Chlorides

Most metal chloride salts are soluble in water; only Ag*, Pb?+, and Hg,?+ form chlorides that precipitate from water. Thus the first
step in a qualitative analysis is to add about 6 M HC], thereby causing AgCl, PbCl,, and/or Hg2Cl, to precipitate. If no precipitate

forms, then these cations are not present in significant amounts. The precipitate can be collected by filtration or centrifugation.
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Group 2: Acid-Insoluble Sulfides

Next, the acidic solution is saturated with HyS gas. Only those metal ions that form very insoluble sulfides, such as Ag®t, Bi®*,
Cd?**, Cu?t, Hg?*, Sb®*t, and Sn?*, precipitate as their sulfide salts under these acidic conditions. All others, such as Fe?* and Zn2+,
remain in solution. Once again, the precipitates are collected by filtration or centrifugation.

Group 3: Base-Insoluble Sulfides (and Hydroxides)

Ammonia or NaOH is now added to the solution until it is basic, and then (NHy)2S is added. This treatment removes any remaining
cations that form insoluble hydroxides or sulfides. The divalent metal ions Co?*, Fe?*, Mn?+, Ni**, and Zn%** precipitate as their
sulfides, and the trivalent metal ions A13+ and Cr3+ precipitate as their hydroxides: Al(OH); and Cr(OH);. If the mixture contains
Fe3t, sulfide reduces the cation to Fe?*, which precipitates as FeS.

Group 4: Insoluble Carbonates or Phosphates

The next metal ions to be removed from solution are those that form insoluble carbonates and phosphates. When Na;CO3 is added
to the basic solution that remains after the precipitated metal ions are removed, insoluble carbonates precipitate and are collected.
Alternatively, adding (NH,),HPO, causes the same metal ions to precipitate as insoluble phosphates.

Group 5: Alkali Metals

At this point, we have removed all the metal ions that form water-insoluble chlorides, sulfides, carbonates, or phosphates. The only
common ions that might remain are any alkali metals (Lit, Nat, K*, Rb*, and Cs*) and ammonium (NH4*). We now take a second
sample from the original solution and add a small amount of NaOH to neutralize the ammonium ion and produce NHz. (We cannot
use the same sample we used for the first four groups because we added ammonium to that sample in earlier steps.) Any ammonia
produced can be detected by either its odor or a litmus paper test. A flame test on another original sample is used to detect sodium,
which produces a characteristic bright yellow color. The other alkali metal ions also give characteristic colors in flame tests, which
allows them to be identified if only one is present.

Metal ions that precipitate together are separated by various additional techniques, such as forming complex ions, changing the pH
of the solution, or increasing the temperature to redissolve some of the solids. For example, the precipitated metal chlorides of
group 1 cations, containing Ag*, Pb%*, and Hg,2*, are all quite insoluble in water. Because PbCl, is much more soluble in hot water
than are the other two chloride salts, however, adding water to the precipitate and heating the resulting slurry will dissolve any
PbCl, present. Isolating the solution and adding a small amount of Na,CrO, solution to it will produce a bright yellow precipitate
of PbCrOQ, if Pb?* were in the original sample (Figure 5.3.2).

Figure 5.3.2: When a small amount of Na2CrOy4 solution is added to a sample containing Pb?t ions in water, a bright yellow
precipitate of PbCrO4 forms. (CC BY-SA 3.0 Unported; PRHaney via Wikipedia).

As another example, treating the precipitates from group 1 cations with aqueous ammonia will dissolve any AgCl because Ag*
forms a stable complex with ammonia: [Ag(NHs),]*. In addition, HgoCl, disproportionates in ammonia.

2Hg,?* — Hg + Hg?*

to form a black solid that is a mixture of finely divided metallic mercury and an insoluble mercury(Il) compound, which is
separated from solution:

Hg,Cl, (s) + 2NH; (aq) — Hg(1) + Hg(NH2)Cl(s) + NHJ (aq) + Cl~ (aq)
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Any silver ion in the solution is then detected by adding HC1, which reverses the reaction and gives a precipitate of white AgCl that
slowly darkens when exposed to light:

[Ag(NH;3)2] " (aq) + 2H™ (aq) + Cl™ (aq) — AgCl(s) + 2NH] (aq)

Similar but slightly more complex reactions are also used to separate and identify the individual components of the other groups.

Summary

In qualitative analysis, the identity, not the amount, of metal ions present in a mixture is determined. The technique consists of
selectively precipitating only a few kinds of metal ions at a time under given sets of conditions. Consecutive precipitation steps
become progressively less selective until almost all the metal ions are precipitated. Other additional steps are needed to separate
metal ions that precipitate together.

5.3: Qualitative Chemical Analysis is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

e 17.7: Qualitative Analysis for Metallic Elements by Anonymous is licensed CC BY-NC-SA 3.0.
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5.4: Complex lon Equilibria

4b Learning Objectives

e To be introduced to complex ions, including ligands.

Previously, you learned that metal ions in aqueous solution are hydrated—that is, surrounded by a shell of usually four or six water
molecules. A hydrated ion is one kind of a complex ion (or, simply, complex), a species formed between a central metal ion and
one or more surrounding ligands, molecules or ions that contain at least one lone pair of electrons, such as the [Al(H,0)g]>* ion.

A complex ion forms from a metal ion and a ligand because of a Lewis acid—base interaction. The positively charged metal ion acts
as a Lewis acid, and the ligand, with one or more lone pairs of electrons, acts as a Lewis base. Small, highly charged metal ions,
such as Cu®* or Ru®", have the greatest tendency to act as Lewis acids, and consequently, they have the greatest tendency to form

complex ions.

As an example of the formation of complex ions, consider the addition of ammonia to an aqueous solution of the hydrated Cu®* ion
{[Cu(H,0)]**}. Because it is a stronger base than H,O, ammonia replaces the water molecules in the hydrated ion to form the
[Cu(NH3)4(H20),]*" ion. Formation of the [Cu(NH3)4(H20),]*" complex is accompanied by a dramatic color change, as shown in
Figure 5.4.1. The solution changes from the light blue of [Cu(H,0)g]?* to the blue-violet characteristic of the [Cu(NH3)4(H,0),]*"

' *ﬂ(“"a&é

Figure 5.4.1: The Formation of Complex Ions. An aqueous solution of CuSOy consists of hydrated Cu" ions in the form of pale
blue [Cu(H,0)6]*" (left). The addition of aqueous ammonia to the solution results in the formation of the intensely blue-violet
[Cu(NHj3),(H,0),]* ions, usually written as [Cu(NH;),]?* ion (right) because ammonia, a stronger base than H,O, replaces water
molecules from the hydrated Cu?* ion. For a more complete description, see www.youtube.com/watch?v=IQNcLH60ZKO0.

The Formation Constant

The replacement of water molecules from [Cu(H,0)g]** by ammonia occurs in sequential steps. Omitting the water molecules

bound to Cu®* for simplicity, we can write the equilibrium reactions as follows:

Cu* (aq) + NHg(eq) = [Cu(NHs)JZr)  K: (5.4.1)
[Cu(NH)]%) + NHs(g) = [Cu(NHs)J2,) Ko (5.4.2)
[Cu(NHs)2]f) + NHag) = [Cu(NH3)s]?) K (5.4.3)
[Cu(NHs)3]?,) + NHg) = [Cu(NHs)dJ?, K4 (5.4.4)

The sum of the stepwise reactions is the overall equation for the formation of the complex ion: The hydrated Cu?" ion contains six
H,0 ligands, but the complex ion that is produced contains only four NH3 ligands, not six.

Cully +4NHyag) = [Cu(NHs)a]() (5.4.5)

The equilibrium constant for the formation of the complex ion from the hydrated ion is called the formation constant (Kg). The
equilibrium constant expression for K has the same general form as any other equilibrium constant expression. In this case, the
expression is as follows:

_ [[Cu(NH3)4]*]
[Cu?*][NH;]4
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The formation constant (Ky) has the same general form as any other equilibrium constant
expression.

Water, a pure liquid, does not appear explicitly in the equilibrium constant expression, and the hydrated Cu®*(aq) ion is represented
as Cu®* for simplicity. As for any equilibrium, the larger the value of the equilibrium constant (in this case, Kf), the more stable the
product. With K; = 2.1 x 1013, the [Cu(NH;),(H,0),]** complex ion is very stable. The formation constants for some common
complex ions are listed in Table 5.4.1.

Table 5.4.1: Common Complex Ions

Complex Ion Equilibrium Equation K¢
[Ag(NH3),]" Ag’ +2NH; = [Ag(NH3),]" 1.1x 10
Ammonia Complexes [Cu(NHz)4]%" Cu®* + 4NHj = [Cu(NH3)4]*" 2.1x108
[Ni(NH3)g]?* Ni2* + 6NH3 = [Ni(NH3)g]2* 5.5 x 108
[Ag(CN),I” Ag"+2CN™ = [Ag(CN),]” 1.1x 10"
Cyanide Complexes [Ni(CN)4 1> Ni%* + 4CN™ = [Ni(CN)4]*~ 2.2 x 103"
[Fe(CN)g]3~ Fe3* + 6CN™~ = [Fe(CN)g]3~ 1x 104
[Zn(OH),1*~ Zn?* + 40H" = [Zn(OH) >~ 4.6 x 1017
Hydroxide Complexes

[Cr(OH)4]” Cr®* + 40H™ 2 [Cr(OH)4]” 8.0 x 10%°

[HgCl > Hg®" + 4Cl” = [HgCL]* 1.2 x 101

Halide Complexes [CdI,]* Cd** + 41 = [CdI, > 2.6 x 10°
[AlFg]* AI¥" + 6F = [AlFg]>” 6.9 x 1019

Ag' +25,02 =
[Ag(S,05),13 [As(S;0,T 2.9 x 1013
2Y3)2
Other Complexes
+ - =
[Fe(C204)51* Fe" + 36,04" = 2.0 % 102
[Fe(Cy04)3]

*Reported values are overall formation constants. Source: Data from Lange’s Handbook of Chemistry, 15th ed. (1999).

v/ Example 5.4.1

If 12.5 g of Cu(NO3); - 6H,0 is added to 500 mL of 1.00 M aqueous ammonia, what is the equilibrium concentration of Cu?*
(agq)?

Given: mass of Cu?" salt and volume and concentration of ammonia solution

Asked for: equilibrium concentration of Cu®*(aq)
Strategy:

A. Calculate the initial concentration of Cu?* due to the addition of copper(II) nitrate hexahydrate. Use the stoichiometry of
the reaction shown in Equation 5.4.5 to construct a table showing the initial concentrations, the changes in concentrations,
and the final concentrations of all species in solution.

B. Substitute the final concentrations into the expression for the formation constant (Equation 5.4.6) to calculate the
equilibrium concentration of Cu®*(aq).

Solution

Adding an ionic compound that contains Cu®* to an aqueous ammonia solution will result in the formation of [Cu(NHz)4]**
(aq), as shown in Equation 5.4.5. We assume that the volume change caused by adding solid copper(II) nitrate to aqueous
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ammonia is negligible.

A The initial concentration of Cu?* from the amount of added copper nitrate prior to any reaction is as follows:

125 g Cu(NOg); - 6Hz0 ( 2915’2;{) ( — l}nf) ( 100(1) fﬁ’/ ) = 0.0846 M (5.4.7)

Because the stoichiometry of the reaction is four NH3 to one Cu?*, the amount of NH3 required to react completely with the
Cu?" is 4(0.0846) = 0.338 M. The concentration of ammonia after complete reaction is 1.00 M — 0.338 M = 0.66 M. These
results are summarized in the first two lines of the following table. Because the equilibrium constant for the reaction is large
(2.1 x 1013), the equilibrium will lie far to the right. Thus we will assume that the formation of [Cu(NH;),]%* in the first step is
complete and allow some of it to dissociate into Cu?* and NH; until equilibrium has been reached. If we define x as the amount

of Cu®" produced by the dissociation reaction, then the stoichiometry of the reaction tells us that the change in the
concentration of [Cu(NH3)4]2+ is —x, and the change in the concentration of ammonia is +4x, as indicated in the table. The final
concentrations of all species (in the bottom row of the table) are the sums of the concentrations after complete reaction and the

changes in concentrations.

Cu?" + 4NH; = [Cu(NHj3)4)+

[Cu*'] [NHz] [[Cu(NH3)4]*']
initial 0.0846 1.00 0
after complete reaction 0 0.66 0.0846
change +x +4x —X
final X 0.66 + 4x 0.0846 — x

B Substituting the final concentrations into the expression for the formation constant (Equation 5.4.6) and assuming that x <<
0.0846, which allows us to remove x from the sum and difference,
Cu(NHg) 4|2 0846 — ]
Ko— [[CuNHg)4**] _ 0.0846—x  0.0846 21 x 101
[Cu*][NH3]¢  =(0.66 +4x)*  z(0.66)*
z=21x10""

The value of x indicates that our assumption was justified. The equilibrium concentration of Cu?*(aq) in a 1.00 M ammonia
solution is therefore 2.1 x 10714 M.

? Exercise 5.4.1

The ferrocyanide ion {[Fe(CN)¢]*"} is very stable, with a K; of 1 x 1035, Calculate the concentration of cyanide ion in
equilibrium with a 0.65 M solution of K,[Fe(CN)].

Answer

2x107%M

The Effect of the Formation of Complex lons on Solubility

What happens to the solubility of a sparingly soluble salt if a ligand that forms a stable complex ion is added to the solution? One
such example occurs in conventional black-and-white photography. Recall that black-and-white photographic film contains light-
sensitive microcrystals of AgBr, or mixtures of AgBr and other silver halides. AgBr is a sparingly soluble salt, with a K, of 5.35 x
10713 at 25°C. When the shutter of the camera opens, the light from the object being photographed strikes some of the crystals on
the film and initiates a photochemical reaction that converts AgBr to black Ag metal. Well-formed, stable negative images appear in
tones of gray, corresponding to the number of grains of AgBr converted, with the areas exposed to the most light being darkest. To
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fix the image and prevent more AgBr crystals from being converted to Ag metal during processing of the film, the unreacted AgBr
on the film is removed using a complexation reaction to dissolve the sparingly soluble salt.

The reaction for the dissolution of silver bromide is as follows:

AgBr(y = Agg;q) + Bri, (5.4.8)
with
K, =5.35 x 10712 at 25°C (5.4.9)

The equilibrium lies far to the left, and the equilibrium concentrations of Ag* and Br~ ions are very low (7.31 x 1077 M). As a
result, removing unreacted AgBr from even a single roll of film using pure water would require tens of thousands of liters of water
and a great deal of time. Le Chatelier’s principle tells us, however, that we can drive the reaction to the right by removing one of
the products, which will cause more AgBr to dissolve. Bromide ion is difficult to remove chemically, but silver ion forms a variety
of stable two-coordinate complexes with neutral ligands, such as ammonia, or with anionic ligands, such as cyanide or thiosulfate
(S203%7). In photographic processing, excess AgBr is dissolved using a concentrated solution of sodium thiosulfate.

0§ o |*
'S—S—Ag—S
o

_5\
o o]
thiosulfate complex of Ag"‘
The reaction of Ag* with thiosulfate is as follows:
Agl,) +25:05,, = [49(5:05)2]% (5.4.10)
with
K;=29x10" (5.4.11)

The magnitude of the equilibrium constant indicates that almost all Ag” ions in solution will be immediately complexed by
thiosulfate to form [Ag(S,03)2]>". We can see the effect of thiosulfate on the solubility of AgBr by writing the appropriate reactions
and adding them together:

AgBr(s) = Ag'(aq) + Br(aq) Ky =5.35x 1073 (5.4.12)
Ag*(aq) + 28202 (aq) = [Ag(S203)2]* (aq) K= 2.9 x 10™ (5.4.13)
AgBr(s) + 25202~ (aq) = [Ag(S203)2]* (aq) + Br(aq) K = K5, K; =15 (5.4.14)

Comparing K with K, shows that the formation of the complex ion increases the solubility of AgBr by approximately 3 x 10'3. The
dramatic increase in solubility combined with the low cost and the low toxicity explains why sodium thiosulfate is almost
universally used for developing black-and-white film. If desired, the silver can be recovered from the thiosulfate solution using any
of several methods and recycled.

If a complex ion has a large Kj, the formation of a complex ion can dramatically increase
the solubility of sparingly soluble salts.

v/ Example 5.4.2

Due to the common ion effect, we might expect a salt such as AgCl to be much less soluble in a concentrated solution of KCI
than in water. Such an assumption would be incorrect, however, because it ignores the fact that silver ion tends to form a two-

coordinate complex with chloride ions (AgCl,"). Calculate the solubility of AgCl in each situation:

a. in pure water

b. in 1.0 M KClI solution, ignoring the formation of any complex ions

c. the same solution as in part (b) except taking the formation of complex ions into account, assuming that AgCl,~ is the only
Ag* complex that forms in significant concentrations
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At 25°C, Ky = 1.77 x 1071° for AgCl and K¢ = 1.1 x 10° for AgCl, .
Given: K, of AgCl, K; of AgCl,", and KCl concentration

Asked for: solubility of AgCl in water and in KCl solution with and without the formation of complex ions

Strategy:

A. Write the solubility product expression for AgCl and calculate the concentration of Ag* and Cl~ in water.

B. Calculate the concentration of Ag* in the KCl solution.

C. Write balanced chemical equations for the dissolution of AgCl and for the formation of the AgCl,™ complex. Add the two
equations and calculate the equilibrium constant for the overall equilibrium.

D. Write the equilibrium constant expression for the overall reaction. Solve for the concentration of the complex ion.

Solution

a. A If we let x equal the solubility of AgCl, then at equilibrium [Ag+] = [C] ] = x M. Substituting this value into the
solubility product expression,

Ksp = [Ag'IICIT] = ()(x) = x* =1.77x1071°
x=1.33x107°
Thus the solubility of AgCl in pure water at 25°C is 1.33 x 107> M.
b. B If x equals the solubility of AgCl in the KCI solution, then at equilibrium [Ag*] = x M and [C]7] = (1.0 + x) M. Substituting

these values into the solubility product expression and assuming that x << 1.0,
K = [Ag'IICIT] = (x)(1.0 + x) ~ x(1.0) = 1.77x10710 = x
If the common ion effect were the only important factor, we would predict that AgCl is approximately five orders of

magnitude less soluble in a 1.0 M KCl solution than in water.

c. C To account for the effects of the formation of complex ions, we must first write the equilibrium equations for both the
dissolution and the formation of complex ions. Adding the equations corresponding to K, and K; gives us an equation that
describes the dissolution of AgCl in a KCI solution. The equilibrium constant for the reaction is therefore the product of Ky, and

Kf:
AgCl(s) = Ag*(aq) + Cl™(aq) Ky =1.77x 10710 (5.4.15)
Agt(aq) + 2C1” = [AgClL,|” K:=1.1x 10° (5.4.16)
AgCl(s) + CI™ = [AgCL]~ K = K, Kf=1.9x107° (5.4.17)

D If we let x equal the solubility of AgCl in the KCI solution, then at equilibrium [AgCl, ] = x and [CI"] = 1.0 — x. Substituting
these quantities into the equilibrium constant expression for the net reaction and assuming that x << 1.0,
[AgClLy] z

T o] T 10—
That is, AgCl dissolves in 1.0 M KCI to produce a 1.9 x 10> M solution of the AgCl,™ complex ion. Thus we predict that AgCl has
approximately the same solubility in a 1.0 M KCl solution as it does in pure water, which is 10° times greater than that predicted
based on the common ion effect. (In fact, the measured solubility of AgCl in 1.0 M KCl is almost a factor of 10 greater than that in
pure water, largely due to the formation of other chloride-containing complexes.)

~19x10 %=z

? Exercise 5.4.2

Calculate the solubility of mercury(II) iodide (Hgl,) in each situation:

a. pure water
b. a 3.0 M solution of Nal, assuming [HgI,]?~ is the only Hg-containing species present in significant amounts

Ksp = 2.9 x 107 for Hgl, and K; = 6.8 x 10% for [Hgl4]1*".

Answer a

1.9%x10710M
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Answer a

1.4 M

Complexing agents, molecules or ions that increase the solubility of metal salts by forming soluble metal complexes, are common
components of laundry detergents. Long-chain carboxylic acids, the major components of soaps, form insoluble salts with Ca** and
Mg?*, which are present in high concentrations in “hard” water. The precipitation of these salts produces a bathtub ring and gives a
gray tinge to clothing. Adding a complexing agent such as pyrophosphate (OsPOPO3*", or P,0*") or triphosphate (P301¢°") to
detergents prevents the magnesium and calcium salts from precipitating because the equilibrium constant for complex-ion
formation is large:

10
—o—f—o—f—o-ﬁ—o—
adl o

triphosphate

Ca2* (aq) + O3POPO% (aq) = [Ca(03POPO3)]%" (aq) (5.4.18)

with
K;=4x10* (5.4.19)

However, phosphates can cause environmental damage by promoting eutrophication, the growth of excessive amounts of algae in a
body of water, which can eventually lead to large decreases in levels of dissolved oxygen that kill fish and other aquatic organisms.
Consequently, many states in the United States have banned the use of phosphate-containing detergents, and France has banned
their use beginning in 2007. “Phosphate-free” detergents contain different kinds of complexing agents, such as derivatives of acetic
acid or other carboxylic acids. The development of phosphate substitutes is an area of intense research.

Commercial water softeners also use a complexing agent to treat hard water by passing the water over ion-exchange resins, which
are complex sodium salts. When water flows over the resin, sodium ion is dissolved, and insoluble salts precipitate onto the resin
surface. Water treated in this way has a saltier taste due to the presence of Na®, but it contains fewer dissolved minerals.

0
HO "‘51
HO Sy Ny O
o L.___ﬁ_o O{\TJ 0
OH OH
DTPA i acid)

gadolinium-DTPA complex,
[GA(DTRA-HZ0)]

Figure 5.4.2: An MRI Image of the Heart, Arteries, and Veins. When a patient is injected with a paramagnetic metal cation in the
form of a stable complex known as an MRI contrast agent, the magnetic properties of water in cells are altered. Because the
different environments in different types of cells respond differently, a physician can obtain detailed images of soft tissues.

Another application of complexing agents is found in medicine. Unlike x-rays, magnetic resonance imaging (MRI) can give
relatively good images of soft tissues such as internal organs. MRI is based on the magnetic properties of the 'H nucleus of
hydrogen atoms in water, which is a major component of soft tissues. Because the properties of water do not depend very much on
whether it is inside a cell or in the blood, it is hard to get detailed images of these tissues that have good contrast. To solve this
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problem, scientists have developed a class of metal complexes known as “MRI contrast agents.” Injecting an MRI contrast agent
into a patient selectively affects the magnetic properties of water in cells of normal tissues, in tumors, or in blood vessels and
allows doctors to “see” each of these separately (Figure 5.4.2). One of the most important metal ions for this application is Gd*",
which with seven unpaired electrons is highly paramagnetic. Because Gd>*(aq) is quite toxic, it must be administered as a very
stable complex that does not dissociate in the body and can be excreted intact by the kidneys. The complexing agents used for
gadolinium are ligands such as DTPA®~ (diethylene triamine pentaacetic acid), whose fully protonated form is shown here.

Summary

The formation of complex ions can substantially increase the solubility of sparingly soluble salts if the complex ion has a large K;.
A complex ion is a species formed between a central metal ion and one or more surrounding ligands, molecules or ions that contain
at least one lone pair of electrons. Small, highly charged metal ions have the greatest tendency to act as Lewis acids and form
complex ions. The equilibrium constant for the formation of the complex ion is the formation constant (Kf). The formation of a
complex ion by adding a complexing agent increases the solubility of a compound.

5.4: Complex Ton Equilibria is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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CHAPTER OVERVIEW

Unit 6: Gibbs Energy and Thermodynamics
Unit 6 Objectives

By the end of this unit, you will be able to:

o Describe the difference between thermodynamics and kinetics

o Describe the difference between spontaneous and non-spontaneous processes

o Define enthalpy and entropy

o Relate entropy and enthalpy to state changes for a substance

o Describe Gibbs Free Energy

o Calculate standard entropy changes for a reaction using standard molar entropies
o Calculate standard change in free energy for a reaction

o Relate equilibrium and free energy

6.1: Spontaneous and Nonspontaneous Processes

6.2: Entropy and the Second Law of Thermodynamics

6.3: Entropy Changes Associated with State Changes

6.4: Heat Transfer and Changes in the Entropy of the Surroundings
6.5: Gibbs Energy

6.6: Entropy Changes in Chemical Reactions

6.7: Gibbs Energy Changes in Chemical Reactions

6.8: Gibbs Energy Changers for Non-Standard States

6.9: Gibbs Energy and Equilibrium

Unit 6: Gibbs Energy and Thermodynamics is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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6.1: Spontaneous and Nonspontaneous Processes

@) Learning Objectives

« Distinguish between spontaneous and nonspontaneous processes
o Describe the dispersal of matter and energy that accompanies certain spontaneous processes

In this section, consider the differences between two types of changes in a system: Those that occur spontaneously and those that occur only with the continuous input of energy. In doing so,
we’ll gain an understanding as to why some systems are naturally inclined to change in one direction under certain conditions. We’ll also gain insight into how the spontaneity of a process
affects the distribution of energy and matter within the system.

Spontaneous and Nonspontaneous Processes

Processes have a natural tendency to occur in one direction under a given set of conditions. Water will naturally flow downhill, but uphill flow requires outside intervention such as the use of a
pump. A spontaneous process is one that occurs naturally under certain conditions. A nonspontaneous process, on the other hand, will not take place unless it is “driven” by the continual input
of energy from an external source. A process that is spontaneous in one direction under a particular set of conditions is nonspontaneous in the reverse direction. At room temperature and typical
atmospheric pressure, for example, ice will spontaneously melt, but water will not spontaneously freeze.

The spontaneity of a process is not correlated to the speed of the process. A spontaneous change may be so rapid that it is essentially instantaneous or so slow that it cannot be observed over any
practical period of time. To illustrate this concept, consider the decay of radioactive isotopes, a topic more thoroughly treated in the chapter on nuclear chemistry. Radioactive decay is by
definition a spontaneous process in which the nuclei of unstable isotopes emit radiation as they are converted to more stable nuclei. All the decay processes occur spontaneously, but the rates at
which different isotopes decay vary widely. Technetium-99m is a popular radioisotope for medical imaging studies that undergoes relatively rapid decay and exhibits a half-life of about six
hours. Uranium-238 is the most abundant isotope of uranium, and its decay occurs much more slowly, exhibiting a half-life of more than four billion years (Figure 6.1.1).
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Figure 6.1.1: Both U-238 and Tc-99m undergo spontaneous radioactive decay, but at drastically different rates. Over the course of one week, essentially all of a Tc-99m sample and none of a U-
238 sample will have decayed. (CC by 4.0; Morgan Johnson via LibreTexts)

Two curves are shown to represent U-238 and Tc-99m respectively. The vertical axes represents the percentage of isotope remaining and the horizontal axes is the time that has elapsed in days.

As another example, consider the conversion of diamond into graphite (Figure 6.1.2).
C (s, diamond) — C (s, graphite) (6.1.1)

The phase diagram for carbon indicates that graphite is the stable form of this element under ambient atmospheric pressure, while diamond is the stable allotrope at very high pressures, such as
those present during its geologic formation. Thermodynamic calculations of the sort described in the last section of this chapter indicate that the conversion of diamond to graphite at ambient
pressure occurs spontaneously, yet diamonds are observed to exist, and persist, under these conditions. Though the process is spontaneous under typical ambient conditions, its rate is extremely
slow, and so for all practical purposes diamonds are indeed “forever.” Situations such as these emphasize the important distinction between the thermodynamic and the kinetic aspects of a
process. In this particular case, diamonds are said to be thermodynamically unstable but kinetically stable under ambient conditions.

C {digmand) © (graphite)

Figure 6.1.2: The conversion of carbon from the diamond allotrope to the graphite allotrope is spontaneous at ambient pressure, but its rate is immeasurably slow at low to moderate
temperatures. This process is known as graphitization, and its rate can be increased to easily measurable values at temperatures in the 1000-2000 K range. (credit "diamond" photo: modification
of work by "Fancy Diamonds"/Flickr; credit "graphite" photo: modification of work by images-of-elements.com/carbon.php)

Comparison of diamond and graphite shown in its physical form as well as its molecular arrangement respectively.
Dispersal of Matter and Energy

As we extend our discussion of thermodynamic concepts toward the objective of predicting spontaneity, consider now an isolated system consisting of two flasks connected with a closed valve.
Initially there is an ideal gas on the left and a vacuum on the right (Figure 6.1.3). When the valve is opened, the gas spontaneously expands to fill both flasks. Recalling the definition of
pressure-volume work from the chapter on thermochemistry, note that no work has been done because the pressure in a vacuum is zero.

w=—PAV (6.1.2)
=0 (P = 0inavaccum) (6.1.3)
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Note as well that since the system is isolated, no heat has been exchanged with the surroundings (q = 0). The first law of thermodynamics confirms that there has been no change in the system’s
internal energy as a result of this process.

AU=q+w (First Law of Thermodynamics)
=040=0 (6.1.4)
The spontaneity of this process is therefore not a consequence of any change in energy that accompanies the process. Instead, the movement of the gas appears to be related to the greater, more

uniform dispersal of matter that results when the gas is allowed to expand. Initially, the system was comprised of one flask containing matter and another flask containing nothing. After the
spontaneous process took place, the matter was distributed both more widely (occupying twice its original volume) and more uniformly (present in equal amounts in each flask).
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Figure 6.1.3: An isolated system consists of an ideal gas in one flask that is connected by a closed valve to a second flask containing a vacuum. Once the valve is opened, the gas spontaneously
becomes evenly distributed between the flasks.
When the valve is closed, all of the gas molecules accumlating only in one side of the flask. The diagram with the open valve shows gas being equally distributed among the two flasks. The
dispersion of the gas is labeled as spontaneous while the reverse is labeled as non spontaneous.
Now consider two objects at different temperatures: object X at temperature Tx and object Y at temperature Ty, with Tx > Ty (Figure 6.1.4). When these objects come into contact, heat
spontaneously flows from the hotter object (X) to the colder one (Y). This corresponds to a loss of thermal energy by X and a gain of thermal energy by Y.

gx <0 and gy=—gx>0 (6.1.5)

From the perspective of this two-object system, there was no net gain or loss of thermal energy, rather the available thermal energy was redistributed among the two objects. This spontaneous
process resulted in a more uniform dispersal of energy.

Tu=>Ty X and ¥ in contact

Figure 6.1.4:When two objects at different temperatures come in contact, heat spontaneously flows from the hotter to the colder object.
Two separated blocks. One is labeled X and the other labeled Y. The diagram next to it shows the two blocks in contact with one another.

As illustrated by the two processes described, an important factor in determining the spontaneity of a process is the extent to which it changes the dispersal or distribution of matter and/or
energy. In each case, a spontaneous process took place that resulted in a more uniform distribution of matter or energy.

v Example 6.1

: Redistribution of Matter during a Spontaneous Process

Describe how matter and energy are redistributed when the following spontaneous processes take place:

a. A solid sublimes.
b. A gas condenses.
c. A drop of food coloring added to a glass of water forms a solution with uniform color.

Solution

(c)

Figure 6.1.5:(credit a: modification of work by Jenny Downing; credit b: modification of work by “Fuzzy Gerdes”/Flickr; credit c: modification of work by Sahar Atwa)

This figure has three photos labeled, “a,” “b,” and “c.” Photo a shows a glass with dry ice in water. There is a thick vapor coming from the top of the glass. Photo b shows water forming
outside of a glass containing cold beverage. Photo ¢ shows a sealed container that holds a red liquid.

a. Sublimation is the conversion of a solid (relatively high density) to a gas (much lesser density). This process yields a much greater dispersal of matter, since the molecules will occupy a
much greater volume after the solid-to-gas transition. However, an input of energy from the surroundings ss required for the molecules to leave the solid phase and enter the gas phase.

Condensation is the conversion of a gas (relatively low density) to a liquid (much greater density). This process yields a much lesser dispersal of matter, since the molecules will occupy
a much lesser volume after the gas-to-liquid transition. As the gas molecules move together to form the droplets of liquid, they form intermolecular forces and thus release energy to the

=2

surroundings.
. The process in question is dilution. The food dye molecules initially occupy a much smaller volume (the drop of dye solution) than they occupy once the process is complete (in the full
glass of water). The process therefore entails a greater dispersal of matter. The process may also yield a more uniform dispersal of matter, since the initial state of the system involves

0

two regions of different dye concentrations (high in the drop, zero in the water), and the final state of the system contains a single dye concentration throughout. This process can occur
with out a change in energy because the molecules have kinetic energy relative to the temperature of the water, and so will be constantly in motion.

Exercise 6.1.1

Describe how matter and energy are redistributed when you empty a canister of compressed air into a room.

Answer

This process entails both a greater and more uniform dispersal of matter as the compressed air in the canister is permitted to expand into the lower-pressure air of the room. The process
also requires an input of energy to disrupt the intermolecular forces between the closely-spaced gas molecules that are originally compressed into the container. If you were to touch the
nozzle of the canister, you would notice that it is cold because the exiting molecules are taking energy away from their surroundings, and the canister is part of the surroundings.



https://libretexts.org/
https://chem.libretexts.org/@go/page/207335?pdf

.LibreTexts*

Summary

Chemical and physical processes have a natural tendency to occur in one direction under certain conditions. A spontaneous process occurs without the need for a continual input of energy from
some external source, while a nonspontaneous process requires such. Systems undergoing a spontaneous process may or may not experience a gain or loss of energy, but they will experience a
change in the way matter and/or energy is distributed within the system. In this section we have only discussed nuclear decay, physical changes of pure substances, and macroscopic events such
as water flowing downhill. In the following sections we will discuss mixtures and chemical reactions, situations in which the description of sponteneity becomes more challenging.

Glossary

nunspontaneous process
process that requires continual input of energy from an external source

spontaneous change
process that takes place without a continuous input of energy from an external source

6.1: Spontaneous and Nonspontaneous Processes is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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6.2: Entropy and the Second Law of Thermodynamics

4b Learning Objectives

e To understand the relationship between internal energy and entropy.

The first law of thermodynamics governs changes in the state function we have called internal energy (U). Changes in the internal
energy (AU) are closely related to changes in the enthalpy (AH), which is a measure of the heat flow between a system and its
surroundings at constant pressure. You also learned previously that the enthalpy change for a chemical reaction can be calculated
using tabulated values of enthalpies of formation. This information, however, does not tell us whether a particular process or
reaction will occur spontaneously.

Let’s consider a familiar example of spontaneous change. If a hot frying pan that has just been removed from the stove is allowed
to come into contact with a cooler object, such as cold water in a sink, heat will flow from the hotter object to the cooler one, in this
case usually releasing steam. Eventually both objects will reach the same temperature, at a value between the initial temperatures of
the two objects. This transfer of heat from a hot object to a cooler one obeys the first law of thermodynamics: energy is conserved.

Now consider the same process in reverse. Suppose that a hot frying pan in a sink of cold water were to become hotter while the
water became cooler. As long as the same amount of thermal energy was gained by the frying pan and lost by the water, the first
law of thermodynamics would be satisfied. Yet we all know that such a process cannot occur: heat always flows from a hot object
to a cold one, never in the reverse direction. That is, by itself the magnitude of the heat flow associated with a process does not
predict whether the process will occur spontaneously.

For many years, chemists and physicists tried to identify a single measurable quantity that would enable them to predict whether a
particular process or reaction would occur spontaneously. Initially, many of them focused on enthalpy changes and hypothesized
that an exothermic process would always be spontaneous. But although it is true that many, if not most, spontaneous processes are
exothermic, there are also many spontaneous processes that are not exothermic. For example, at a pressure of 1 atm, ice melts
spontaneously at temperatures greater than 0°C, yet this is an endothermic process because heat is absorbed. Similarly, many salts
(such as NH4;NO3, NaCl, and KBr) dissolve spontaneously in water even though they absorb heat from the surroundings as they
dissolve (i.e., AH,, > 0). Reactions can also be both spontaneous and highly endothermic, like the reaction of barium hydroxide
with ammonium thiocyanate shown in Figure 6.2.1.

Figure 6.2.1: An Endothermic Reaction. The reaction of barium hydroxide with ammonium thiocyanate is spontaneous but highly

endothermic, so water, one product of the reaction, quickly freezes into slush. When water is placed on a block of wood under the

flask, the highly endothermic reaction that takes place in the flask freezes water that has been placed under the beaker, so the flask

becomes frozen to the wood. For a full video: see www.youtube.com/watch?v=GQkJI-Ng30s.
Thus enthalpy is not the only factor that determines whether a process is spontaneous. For example, after a cube of sugar has
dissolved in a glass of water so that the sucrose molecules are uniformly dispersed in a dilute solution, they never spontaneously
come back together in solution to form a sugar cube. Moreover, the molecules of a gas remain evenly distributed throughout the
entire volume of a glass bulb and never spontaneously assemble in only one portion of the available volume. To help explain why
these phenomena proceed spontaneously in only one direction requires an additional state function called entropy (S), a
thermodynamic property of all substances that is proportional to their degree of "disorder". In Chapter 13, we introduced the
concept of entropy in relation to solution formation. Here we further explore the nature of this state function and define it

mathematically.
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Entropy

Chemical and physical changes in a system may be accompanied by either an increase or a decrease in the disorder of the system,
corresponding to an increase in entropy (AS > 0) or a decrease in entropy (AS < 0), respectively. As with any other state function,
the change in entropy is defined as the difference between the entropies of the final and initial states: AS = S; - S;.

When a gas expands into a vacuum, its entropy increases because the increased volume allows for greater atomic or molecular
disorder. The greater the number of atoms or molecules in the gas, the greater the disorder. The magnitude of the entropy of a
system depends on the number of microscopic states, or microstates, associated with it (in this case, the number of atoms or

molecules); that is, the greater the number of microstates, the greater the entropy.

We can illustrate the concepts of microstates and entropy using a deck of playing cards, as shown in Figure 6.2.2. In any new deck,
the 52 cards are arranged by four suits, with each suit arranged in descending order. If the cards are shuffled, however, there are
approximately 1058 different ways they might be arranged, which corresponds to 108 different microscopic states. The entropy of
an ordered new deck of cards is therefore low, whereas the entropy of a randomly shuffled deck is high. Card games assign a higher
value to a hand that has a low degree of disorder. In games such as five-card poker, only 4 of the 2,598,960 different possible
hands, or microstates, contain the highly ordered and valued arrangement of cards called a royal flush, almost 1.1 million hands
contain one pair, and more than 1.3 million hands are completely disordered and therefore have no value. Because the last two
arrangements are far more probable than the first, the value of a poker hand is inversely proportional to its entropy.
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Figure 6.2.2: Tllustrating Low- and High-Entropy States with a Deck of Playing Cards. An new, unshuffled deck has only a single
arrangement, so there is only one microstate. In contrast, a randomly shuffled deck can have any one of approximately 108

different arrangements, which correspond to 1058 different microstates. (CC BY-3.0 ; Trainler).
We can see how to calculate these kinds of probabilities for a chemical system by considering the possible arrangements of a
sample of four gas molecules in a two-bulb container (Figure 6.2.3). There are five possible arrangements: all four molecules in the
left bulb (I); three molecules in the left bulb and one in the right bulb (II); two molecules in each bulb (III); one molecule in the left
bulb and three molecules in the right bulb (IV); and four molecules in the right bulb (V). If we assign a different color to each
molecule to keep track of it for this discussion (remember, however, that in reality the molecules are indistinguishable from one
another), we can see that there are 16 different ways the four molecules can be distributed in the bulbs, each corresponding to a
particular microstate. As shown in Figure 6.2.3, arrangement I is associated with a single microstate, as is arrangement V, so each
arrangement has a probability of 1/16. Arrangements II and IV each have a probability of 4/16 because each can exist in four
microstates. Similarly, six different microstates can occur as arrangement I1I, making the probability of this arrangement 6/16. Thus
the arrangement that we would expect to encounter, with half the gas molecules in each bulb, is the most probable arrangement.

The others are not impossible but simply less likely.

@ https://chem.libretexts.org/@go/page/207336


https://libretexts.org/
https://chem.libretexts.org/@go/page/207336?pdf

LibreTexts"

® ] °
L . [ ] e . "
u l- @ e P
L]
.e - .0 4 .. L
° ° - °
‘s ° L] e 2
° . e .
| ] ] v v

Figure 6.2.3: The Possible Microstates for a Sample of Four Gas Molecules in Two Bulbs of Equal Volume

There are 16 different ways to distribute four gas molecules between the bulbs, with each distribution corresponding to a particular
microstate. Arrangements I and V each produce a single microstate with a probability of 1/16. This particular arrangement is so
improbable that it is likely not observed. Arrangements II and IV each produce four microstates, with a probability of 4/16.
Arrangement III, with half the gas molecules in each bulb, has a probability of 6/16. It is the one encompassing the most
microstates, so it is the most probable.

Instead of four molecules of gas, let’s now consider 1 L of an ideal gas at standard temperature and pressure (STP), which contains
2.69 x 10?2 molecules (6.022 x 10?3 molecules/22.4 L). If we allow the sample of gas to expand into a second 1 L container, the
probability of finding all 2.69 x 10%? molecules in one container and none in the other at any given time is extremely small,
approximately W The probability of such an occurrence is effectively zero. Although nothing prevents the molecules in the
gas sample from occupying only one of the two bulbs, that particular arrangement is so improbable that it is never actually
observed. The probability of arrangements with essentially equal numbers of molecules in each bulb is quite high, however,
because there are many equivalent microstates in which the molecules are distributed equally. Hence a macroscopic sample of a gas
occupies all of the space available to it, simply because this is the most probable arrangement.

A disordered system has a greater number of possible microstates than does an ordered system, so it has a higher entropy. This is
most clearly seen in the entropy changes that accompany phase transitions, such as solid to liquid or liquid to gas. As you know, a
crystalline solid is composed of an ordered array of molecules, ions, or atoms that occupy fixed positions in a lattice, whereas the
molecules in a liquid are free to move and tumble within the volume of the liquid; molecules in a gas have even more freedom to
move than those in a liquid. Each degree of motion increases the number of available microstates, resulting in a higher entropy.
Thus the entropy of a system must increase during melting (AS¢ys > 0). Similarly, when a liquid is converted to a vapor, the greater
freedom of motion of the molecules in the gas phase means that AS,,, > 0. Conversely, the reverse processes (condensing a vapor
to form a liquid or freezing a liquid to form a solid) must be accompanied by a decrease in the entropy of the system: AS < 0.

Entropy (S) is a thermodynamic property of all substances that is proportional to their degree of disorder. The greater the
number of possible microstates for a system, the greater the disorder and the higher the entropy.

Experiments show that the magnitude of ASy,, is 80-90 J/(mol*K) for a wide variety of liquids with different boiling points.
However, liquids that have highly ordered structures due to hydrogen bonding or other intermolecular interactions tend to have
significantly higher values of ASy,,. For instance, ASy,, for water is 102 J/(mol*K). Another process that is accompanied by
entropy changes is the formation of a solution. As illustrated in Figure 6.2.4, the formation of a liquid solution from a crystalline
solid (the solute) and a liquid solvent is expected to result in an increase in the number of available microstates of the system and
hence its entropy. Indeed, dissolving a substance such as NaCl in water disrupts both the ordered crystal lattice of NaCl and the
ordered hydrogen-bonded structure of water, leading to an increase in the entropy of the system. At the same time, however, each
dissolved Na* ion becomes hydrated by an ordered arrangement of at least six water molecules, and the Cl~ ions also cause the
water to adopt a particular local structure. Both of these effects increase the order of the system, leading to a decrease in entropy.
The overall entropy change for the formation of a solution therefore depends on the relative magnitudes of these opposing factors.
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In the case of an NaCl solution, disruption of the crystalline NaCl structure and the hydrogen-bonded interactions in water is
quantitatively more important, so ASgan > 0.

4
Figure 6.2.4: The Effect of Solution Formation on Entropy

Dissolving NaCl in water results in an increase in the entropy of the system. Each hydrated ion, however, forms an ordered
arrangement with water molecules, which decreases the entropy of the system. The magnitude of the increase is greater than the
magnitude of the decrease, so the overall entropy change for the formation of an NaCl solution is positive.

v/ Example 6.2.1

Predict which substance in each pair has the higher entropy and justify your answer.

a. 1 mol of NH3(g) or 1 mol of He(g), both at 25°C
b. 1 mol of Pb(s) at 25°C or 1 mol of Pb(l) at 800°C

Given: amounts of substances and temperature
Asked for: higher entropy
Strategy:

From the number of atoms present and the phase of each substance, predict which has the greater number of available
microstates and hence the higher entropy.

Solution:

a. Both substances are gases at 25°C, but one consists of He atoms and the other consists of NH; molecules. With four atoms
instead of one, the NH; molecules have more motions available, leading to a greater number of microstates. Hence we
predict that the NH; sample will have the higher entropy.

b. The nature of the atomic species is the same in both cases, but the phase is different: one sample is a solid, and one is a
liquid. Based on the greater freedom of motion available to atoms in a liquid, we predict that the liquid sample will have the
higher entropy.

? Exercise 6.2.1

Predict which substance in each pair has the higher entropy and justify your answer.
a. 1 mol of He(g) at 10 K and 1 atm pressure or 1 mol of He(g) at 250°C and 0.2 atm
b. a mixture of 3 mol of H»(g) and 1 mol of Ny(g) at 25°C and 1 atm or a sample of 2 mol of NH3(g) at 25°C and 1 atm
Answer a
1 mol of He(g) at 250°C and 0.2 atm (higher temperature and lower pressure indicate greater volume and more microstates)
Answer a

a mixture of 3 mol of H,(g) and 1 mol of N,(g) at 25°C and 1 atm (more molecules of gas are present)

Video Solution

https://chem.libretexts.org/@go/page/207336
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Reversible and Irreversible Changes

Changes in entropy (AS), together with changes in enthalpy (AH), enable us to predict in which direction a chemical or physical
change will occur spontaneously. Before discussing how to do so, however, we must understand the difference between a reversible
process and an irreversible one. In a reversible process, every intermediate state between the extremes is an equilibrium state,
regardless of the direction of the change. In contrast, an irreversible process is one in which the intermediate states are not
equilibrium states, so change occurs spontaneously in only one direction. As a result, a reversible process can change direction at
any time, whereas an irreversible process cannot. When a gas expands reversibly against an external pressure such as a piston, for
example, the expansion can be reversed at any time by reversing the motion of the piston; once the gas is compressed, it can be
allowed to expand again, and the process can continue indefinitely. In contrast, the expansion of a gas into a vacuum (Pex = 0) is
irreversible because the external pressure is measurably less than the internal pressure of the gas. No equilibrium states exist, and
the gas expands irreversibly. When gas escapes from a microscopic hole in a balloon into a vacuum, for example, the process is
irreversible; the direction of airflow cannot change.

Because work done during the expansion of a gas depends on the opposing external pressure (w = - PexAV), work done in a
reversible process is always equal to or greater than work done in a corresponding irreversible process: wWiey > Wirrey. Whether a
process is reversible or irreversible, AU = q + w. Because U is a state function, the magnitude of AU does not depend on
reversibility and is independent of the path taken. So

AU = Grey + Wrey = Qirrev + Wirren (621)

Work done in a reversible process is always equal to or greater than work done in a corresponding irreversible process: wWyey >

Wirrev-

In other words, AU for a process is the same whether that process is carried out in a reversible manner or an irreversible one. We
now return to our earlier definition of entropy, using the magnitude of the heat flow for a reversible process (q,.,) to define entropy
quantitatively.

The Relationship between Internal Energy and Entropy

Because the quantity of heat transferred (qyey) is directly proportional to the absolute temperature of an object (T) (Qrey * T), the
hotter the object, the greater the amount of heat transferred. Moreover, adding heat to a system increases the kinetic energy of the
component atoms and molecules and hence their disorder (AS « q,.,). Combining these relationships for any reversible process,

Grev = TAS and AS = qT (6.2.2)

Because the numerator (qy,) is expressed in units of energy (joules), the units of AS are joules/kelvin (J/K). Recognizing that the
work done in a reversible process at constant pressure is w,., = ~PAV, we can express Equation 6.2.1 as follows:

AU = @rey + Wrey (6.2.3)
=TAS— PAV (6.2.4)

Thus the change in the internal energy of the system is related to the change in entropy, the absolute temperature, and the PV work
done.

To illustrate the use of Equation 6.2.2 and Equation 6.2.4, we consider two reversible processes before turning to an irreversible
process. When a sample of an ideal gas is allowed to expand reversibly at constant temperature, heat must be added to the gas
during expansion to keep its T constant (Figure 6.2.5). The internal energy of the gas does not change because the temperature of
the gas does not change; that is, AU = 0 and gre, = —wye,. During expansion, AV > 0, so the gas performs work on its surroundings:

Wyey = —PAV < 0.

According to Equation 6.2.4, this means that q,, must increase during expansion; that is, the gas must absorb heat from the
surroundings during expansion, and the surroundings must give up that same amount of heat. The entropy change of the system is
therefore ASqys = +qyey/T, and the entropy change of the surroundings is

ASsyrr = — q;v .

@ https://chem.libretexts.org/@go/page/207336
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The corresponding change in entropy of the universe is then as follows:

ASuniv = A‘S'sys + ASsurr

_ Grev. Qrev
=F+(-F)
=0
Thus no change in AS ;, has occurred.
i ll : .
| - | Temperature of
Temperatures | : surroundings is
of gas and ! lowered.
surroundings |
are equal. Gas expands
f and absorbs heat.
" 1

Vi v;
Figure 6.2.5: Expansion of Gas at Constant Temperature

Temperatures of gas and surroundings are equal. Then the gas expands and absorbs heat. Temperature of the surroundings is then

lowered.
In the initial state (top), the temperatures of a gas and the surroundings are the same. During the reversible expansion of the gas,
heat must be added to the gas to maintain a constant temperature. Thus the internal energy of the gas does not change, but work is
performed on the surroundings. In the final state (bottom), the temperature of the surroundings is lower because the gas has
absorbed heat from the surroundings during expansion.

Now consider the reversible melting of a sample of ice at 0°C and 1 atm. The enthalpy of fusion of ice is 6.01 kJ/mol, which means
that 6.01 kJ of heat are absorbed reversibly from the surroundings when 1 mol of ice melts at 0°C, as illustrated in Figure 6.2.6. The
surroundings constitute a sample of low-density carbon foam that is thermally conductive, and the system is the ice cube that has
been placed on it. The direction of heat flow along the resulting temperature gradient is indicated with an arrow. From Equation
6.2.2, we see that the entropy of fusion of ice can be written as follows:
rev _ AHps
ASp = 77 = =7
By convention, a thermogram shows cold regions in blue, warm regions in red, and thermally intermediate regions in green. When
an ice cube (the system, dark blue) is placed on the corner of a square sample of low-density carbon foam with very high thermal
conductivity, the temperature of the foam is lowered (going from red to green). As the ice melts, a temperature gradient appears,
ranging from warm to very cold. An arrow indicates the direction of heat flow from the surroundings (red and green) to the ice

cube. The amount of heat lost by the surroundings is the same as the amount gained by the ice, so the entropy of the universe does
not change.

carbon

Figure 6.2.6: Thermograms Showing That Heat Is Absorbed from the Surroundings When Ice Melts at 0°C
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In this case, ASgs = (6.01 kJ/mol)/(273 K) = 22.0 J/(mol*K) = ASgys. The amount of heat lost by the surroundings is the same as the
amount gained by the ice, so ASgyr = qQrev/T = —(6.01 kJ/mol)/(273 K) = —22.0 J/(mol*K). Once again, we see that the entropy of
the universe does not change:

AS iy = ASgys + ASgype = 22.0 J/(molK) — 22.0 J/(mol*K) = 0

sys
In these two examples of reversible processes, the entropy of the universe is unchanged. This is true of all reversible processes and
constitutes part of the second law of thermodynamics: the entropy of the universe remains constant in a reversible process, whereas
the entropy of the universe increases in an irreversible (spontaneous) process.

X The Second Law of Thermodynamics

The entropy of the universe increases during a spontaneous process. It also increases during an observable non-spontaneous
process.

As an example of an irreversible process, consider the entropy changes that accompany the spontaneous and irreversible transfer of
heat from a hot object to a cold one, as occurs when lava spewed from a volcano flows into cold ocean water. The cold substance,
the water, gains heat (q > 0), so the change in the entropy of the water can be written as AScqd = q/Tcoid. Similarly, the hot
substance, the lava, loses heat (q < 0), so its entropy change can be written as AShot = —q/Thot, Where Teoig and Ty are the
temperatures of the cold and hot substances, respectively. The total entropy change of the universe accompanying this process is
therefore

ASu.niv = AScold + AShot = L + (_ a ) (625)
Teoua Thot

The numerators on the right side of Equation 6.2.5 are the same in magnitude but opposite in sign. Whether AS ;, is positive or
negative depends on the relative magnitudes of the denominators. By definition, Thot > Tcold, SO —q/Thot must be less than q/T¢o1q,
and ASpjy must be positive. As predicted by the second law of thermodynamics, the entropy of the universe increases during this
irreversible process. Any process for which ASy,y is positive is, by definition, a spontaneous one that will occur as written.
Conversely, any process for which AS;;y is negative will not occur as written but will occur spontaneously in the reverse direction.
We see, therefore, that heat is spontaneously transferred from a hot substance, the lava, to a cold substance, the ocean water. In fact,
if the lava is hot enough (e.g., if it is molten), so much heat can be transferred that the water is converted to steam (Figure 6.2.7).

— = -2 -

Figure 6.2.7: Spontaneous Transfer of Heat from a Hot Substance to a Cold Substance

v/ Example 6.2.2: Tin Pest

Tin has two allotropes with different structures. Gray tin (a-tin) has a structure similar to that of diamond, whereas white tin (j3-
tin) is denser, with a unit cell structure that is based on a rectangular prism. At temperatures greater than 13.2°C, white tin is
the more stable phase, but below that temperature, it slowly converts reversibly to the less dense, powdery gray phase. This
phenomenon was argued to have plagued Napoleon’s army during his ill-fated invasion of Russia in 1812: the buttons on his
soldiers’ uniforms were made of tin and may have disintegrated during the Russian winter, adversely affecting the soldiers’
health (and morale). The conversion of white tin to gray tin is exothermic, with AH = —2.1 kJ/mol at 13.2°C.

a. What is AS for this process?
b. Which is the more highly ordered form of tin—white or gray?
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Given: AH and temperature
Asked for: AS and relative degree of order
Strategy:

Use Equation 6.2.2 to calculate the change in entropy for the reversible phase transition. From the calculated value of AS,
predict which allotrope has the more highly ordered structure.

Solution
a. We know from Equation 6.2.2 that the entropy change for any reversible process is the heat transferred (in joules) divided
by the temperature at which the process occurs. Because the conversion occurs at constant pressure, and AH and AU are
essentially equal for reactions that involve only solids, we can calculate the change in entropy for the reversible phase
transition where q., = AH. Substituting the given values for AH and temperature in kelvins (in this case, T = 13.2°C =
286.4 K),

Gy _ (—2.1KkJ/mol)(1000 J/kJ)

b. The fact that AS < 0 means that entropy decreases when white tin is converted to gray tin. Thus gray tin must be the more

highly ordered structure.

Video 6.2.1: Time lapse tin pest reaction.

Note: Whether failing buttons were indeed a contributing factor in the failure of the invasion remains disputed; critics of the
theory point out that the tin used would have been quite impure and thus more tolerant of low temperatures. Laboratory tests
provide evidence that the time required for unalloyed tin to develop significant tin pest damage at lowered temperatures is
about 18 months, which is more than twice the length of Napoleon's Russian campaign. It is clear though that some of the
regiments employed in the campaign had tin buttons and that the temperature reached sufficiently low values (at least -40 °C)

? Exercise 6.2.2

Elemental sulfur exists in two forms: an orthorhombic form (S,), which is stable below 95.3°C, and a monoclinic form (Sg),
which is stable above 95.3°C. The conversion of orthorhombic sulfur to monoclinic sulfur is endothermic, with AH = 0.401
kJ/mol at 1 atm.

a. What is AS for this process?
b. Which is the more highly ordered form of sulfur—S or Sg?
Answer a
1.09 J/(mol*K)
Answer b

Sa
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Entropy: [youtu.be]

Summary
For a given system, the greater the number of microstates, the higher the entropy. During a spontaneous process, the entropy of the
universe increases.

= v
AS = T

A measure of the disorder of a system is its entropy (S), a state function whose value increases with an increase in the number of
available microstates. A reversible process is one for which all intermediate states between extremes are equilibrium states; it can
change direction at any time. In contrast, an irreversible process occurs in one direction only. The change in entropy of the system
or the surroundings is the quantity of heat transferred divided by the temperature. The second law of thermodynamics states that in
a reversible process, the entropy of the universe is constant, whereas in an irreversible process, such as the transfer of heat from a
hot object to a cold object, the entropy of the universe increases.

is shared under a license and was authored, remixed, and/or curated by
LibreTexts.

. is licensed
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6.3: Entropy Changes Associated with State Changes

Phase Changes

When a system receives an amount of energy ¢ at a constant temperature, T, the entropy increase AS is defined by the following
equation. Hence, the magnitude of AS for a reversible process such as a phase change is calculated

= Grev
AS =% (6.3.1)

with the temperature in Kelvin. Since entropy changes are much smaller than enthalpy changes, they are usually reported in J K™
mol .

Examples of reversible processes are

¢ Boiling: As temperature is constant,

AHyq
e Melting: As temperature is constant,
AH
AS = Tf“" (6.3.3)

For many realistic applications, the surroundings are vast in comparison to the system. In such cases, the heat gained or lost by the
surroundings as a result of some process represents a very small, nearly infinitesimal, fraction of its total thermal energy. For
example, combustion of a fuel in air involves transfer of heat from a system (the fuel and oxygen molecules undergoing reaction) to
surroundings that are significantly more massive (the earth’s atmosphere). As a result, gq is @ good approximation of g, and the
second law may be stated as the following:

ASu.n.iv = AS'sys + ASsu.rr

Gsurr
= ASeys+ _;’_' (6.3.4)

We may use this equation to predict the spontaneity of a process as illustrated in Example 6.3.1.

v/ Example 6.3.1: Will Ice Spontaneously Melt?

The entropy change for the process
HzO(S) — HzO(l)
is 22.1 J/K and requires that the surroundings transfer 6.00 kJ of heat to the system. Is the process spontaneous at —10.00 °C? Is

it spontaneous at +10.00 °C?

Solution
We can assess the spontaneity of the process by calculating the entropy change of the universe. If ASyy;y is positive, then the
process is spontaneous. At both temperatures, AS,y, = 22.1J/K and gsurr = —6.00kJ.

At —10.00 °C (263.15 K), the following is true:

ASu.tl.iv = ASsys + ASSI]II‘

= ASy, + 222

—6.00 x 103 J

=221J/K+ %315 K

=—07J/K

Since Suniv < 0, melting is nonspontaneous (not spontaneous) at —10.0 °C.

At 10.00 °C (283.15 K), the following is true:
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qS'llﬂ'
ASmiy = ASgys + T

—6.00 x 108 J

=RUI/K+ =k

= +09J/K

Since Suni» > 0, melting of ice is spontaneous at 10.00 °C.

? Example 6.3.2

Using this information, determine if liquid water will spontaneously freeze at the same temperatures. What can you say about
the values of Syp;y?

Answer

Entropy is a state function, and freezing is the opposite of melting. At —10.00 °C spontaneous, +0.7 J/K; at +10.00 °C
nonspontaneous, —0.9 J/K.

Ice Melting

Ice melting provides an example in which entropy increases in a small system, a thermodynamic system consisting of the
surroundings (the warm room) and the entity of glass container, ice, water which has been allowed to reach thermodynamic
equilibrium at the melting temperature of ice. In this system, some heat (6§Q) from the warmer surroundings at 298 K (25 °C; 77 °F)
transfers to the cooler system of ice and water at its constant temperature (T) of 273 K (0 °C; 32 °F), the melting temperature of ice.
The entropy of the system, which is §Q/T, increases by §Q/273K. The heat 6Q for this process is the energy required to change
water from the solid state to the liquid state, and is called the enthalpy of fusion, i.e. AH for ice fusion.

It is important to realize that the entropy of the surrounding room decreases less than the entropy of the ice and water increases: the
room temperature of 298 K is larger than 273 K and therefore the ratio, (entropy change), of §Q/298K for the surroundings is
smaller than the ratio (entropy change), of §Q/273K for the ice and water system. This is always true in spontaneous events in a
thermodynamic system and it shows the predictive importance of entropy: the final net entropy after such an event is always greater
than was the initial entropy.

As the temperature of the cool water rises to that of the room and the room further cools imperceptibly, the sum of the §Q/T over
the continuous range, “at many increments”, in the initially cool to finally warm water can be found by calculus. The entire
miniature ‘universe’, i.e. this thermodynamic system, has increased in entropy. Energy has spontaneously become more dispersed
and spread out in that ‘universe’ than when the glass of ice and water was introduced and became a 'system' within it.

v/ Example 6.3.3

Calculate entropy change when 36.0 g of ice melts at 273 K and 1 atm.

Solution
This is a directly application of Equation 6.3.3, which requires the enthalpy of fusion for this reaction and the temperature is
already given. If you look up the enthalpy of fusion for ice, you would get a molar enthalpy of 6.01 kJ/mol.

6.01 kJ mol~!
AS= ( 273K )

This is a molar value that needs to be scaled by the amount of the material (36 g). So a standard mass-to-moles conversion
factor is needed (along with the molar mass of water - 18.01 g/mol).

6.01 kJ mokl. 36 4
as= ( 213K ) 18.01 g Mokl

=0.044kJ/K
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6.4: Heat Transfer and Changes in the Entropy of the Surroundings

6.4: Heat Transfer and Changes in the Entropy of the Surroundings is shared under a not declared license and was authored, remixed, and/or
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6.5: Gibbs Energy

4b Learning Objectives

e To understand the relationship between Gibbs free energy and work.

One of the major goals of chemical thermodynamics is to establish criteria for predicting whether a particular reaction or process
will occur spontaneously. We have developed one such criterion, the change in entropy of the universe: if ASn;y > 0 for a process
or a reaction, then the process will occur spontaneously as written. Conversely, if ASniy < 0, a process cannot occur spontaneously;
if ASuniv = 0, the system is at equilibrium. The sign of ASyy;v is a universally applicable and infallible indicator of the spontaneity
of a reaction. Unfortunately, using ASynjy requires that we calculate AS for both a system and its surroundings. This is not
particularly useful for two reasons: we are normally much more interested in the system than in the surroundings, and it is difficult
to make quantitative measurements of the surroundings (i.e., the rest of the universe). A criterion of spontaneity that is based solely
on the state functions of a system would be much more convenient and is provided by a new state function: the Gibbs free energy.

Gibbs Free Energy and the Direction of Spontaneous Reactions

The Gibbs free energy (G), often called simply free energy, was named in honor of J. Willard Gibbs (1838-1903), an American
physicist who first developed the concept. It is defined in terms of three other state functions with which you are already familiar:
enthalpy, temperature, and entropy:

G=H-TS (6.5.1)

Because it is a combination of state functions, G is also a state function.

X J. Willard Gibbs (1839-1903)

Born in Connecticut, Josiah Willard Gibbs attended Yale, as did his father, a professor of sacred literature at Yale, who was
involved in the Amistad trial. In 1863, Gibbs was awarded the first engineering doctorate granted in the United States. He was
appointed professor of mathematical physics at Yale in 1871, the first such professorship in the United States. His series of
papers entitled “On the Equilibrium of Heterogeneous Substances” was the foundation of the field of physical chemistry and is
considered one of the great achievements of the 19th century. Gibbs, whose work was translated into French by Le Chatelier,
lived with his sister and brother-in-law until his death in 1903, shortly before the inauguration of the Nobel Prizes.

The criterion for predicting spontaneity is based on (AG), the change in G, at constant temperature and pressure. Although very few
chemical reactions actually occur under conditions of constant temperature and pressure, most systems can be brought back to the
initial temperature and pressure without significantly affecting the value of thermodynamic state functions such as G. At constant
temperature and pressure,

AG = AH —TAS (6.5.2)

where all thermodynamic quantities are those of the system. Recall that at constant pressure, AH = g, whether a process is
reversible or irreversible, and TAS = q,,. Using these expressions, we can reduce Equation 6.5.2 to AG = g — gre,- Thus AG is the
difference between the heat released during a process (via a reversible or an irreversible path) and the heat released for the same
process occurring in a reversible manner. Under the special condition in which a process occurs reversibly, q = grey and AG = 0. As
we shall soon see, if AG is zero, the system is at equilibrium, and there will be no net change.

What about processes for which AG # 0? To understand how the sign of AG for a system determines the direction in which change
is spontaneous, we can rewrite the relationship between AS and g,.,, discussed earlier.

qTEU
AS = T
s T
with the definition of AH in terms of gye,
Qrev = AH
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to obtain

AHgy
T

ASgur = — (6.5.3)

Thus the entropy change of the surroundings is related to the enthalpy change of the system. We have stated that for a spontaneous
reaction, ASy,;, > 0, so substituting we obtain

ASumiv = ASsys + ASgur >0 (654)
AH,
= ASyy, — Ts’s >0 (6.5.5)

Multiplying both sides of the inequality by —T reverses the sign of the inequality; rearranging,
AH,y, —TAS,y,, <0
which is equal to AG (Equation 6.5.2). We can therefore see that for a spontaneous process, AG < 0.

The relationship between the entropy change of the surroundings and the heat gained or lost by the system provides the key
connection between the thermodynamic properties of the system and the change in entropy of the universe. The relationship shown
in Equation 6.5.2 allows us to predict spontaneity by focusing exclusively on the thermodynamic properties and temperature of the
system. We predict that highly exothermic processes (AH « 0) that increase the disorder of a system (AS,s > 0) would therefore
occur spontaneously. An example of such a process is the decomposition of ammonium nitrate fertilizer. Ammonium nitrate was
also used to destroy the Murrah Federal Building in Oklahoma City, Oklahoma, in 1995. For a system at constant temperature and
pressure, we can summarize the following results:

o If AG < 0, the process occurs spontaneously.
o If AG =0, the system is at equilibrium.
o If AG > 0, the process is not spontaneous as written but occurs spontaneously in the reverse direction.

To further understand how the various components of AG dictate whether a process occurs spontaneously, we now look at a simple
and familiar physical change: the conversion of liquid water to water vapor. If this process is carried out at 1 atm and the normal
boiling point of 100.00°C (373.15 K), we can calculate AG from the experimentally measured value of AHy,p, (40.657 kJ/mol). For
vaporizing 1 mol of water, AH = 40, 657; J, so the process is highly endothermic. From the definition of AS (Equation 6.5.3), we
know that for 1 mol of water,

AH,yp
T
40,657 J
T 3IBI5K
=108.96 J/K

ASvap =

Hence there is an increase in the disorder of the system. At the normal boiling point of water,

AGiorc = AHi00°c — TAS100°c
= 40,657 J — [(373.15 K)(108.96 J/K)|
=01J
The energy required for vaporization offsets the increase in disorder of the system. Thus AG = 0, and the liquid and vapor are in

equilibrium, as is true of any liquid at its boiling point under standard conditions.

Now suppose we were to superheat 1 mol of liquid water to 110°C. The value of AG for the vaporization of 1 mol of water at
110°C, assuming that AH and AS do not change significantly with temperature, becomes

AGugc = AH—TAS
= 40,657 J — [(383.15 K)(108.96 J/K)]
=—10917J

At 110°C, AG < 0, and vaporization is predicted to occur spontaneously and irreversibly.
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We can also calculate AG for the vaporization of 1 mol of water at a temperature below its normal boiling point—for example,
90°C—making the same assumptions:

AGoyc = AH — TAS
= 40,657 J — [(363.15 K)(108.96 J/K)]
=1088 J

At 90°C, AG > 0, and water does not spontaneously convert to water vapor. When using all the digits in the calculator display in
carrying out our calculations, AGyjgec = 1090 J = ~AGggec, as we would predict.

X Relating Enthalpy and Entropy changes under Equilibrium Conditions

AG =0 only if AH = TAS.

We can also calculate the temperature at which liquid water is in equilibrium with water vapor. Inserting the values of AH and AS
into the definition of AG (Equation 6.5.2), setting AG = 0, and solving for T,
0J=40,657 J-T(108.96 J/K)
T=373.15K

Thus AG =0 at T = 373.15 K and 1 atm, which indicates that liquid water and water vapor are in equilibrium; this temperature is
called the normal boiling point of water. At temperatures greater than 373.15 K, AG is negative, and water evaporates
spontaneously and irreversibly. Below 373.15 K, AG is positive, and water does not evaporate spontaneously. Instead, water vapor
at a temperature less than 373.15 K and 1 atm will spontaneously and irreversibly condense to liquid water. Figure 6.5.1 shows how
the AH and TAS terms vary with temperature for the vaporization of water. When the two lines cross, AG = 0, and AH = TAS.

AG,,,=0
(liquid and vapor phases in equilibrium)
50.00 — 1
| o
l =
45.00 | Apy . e
2p : " |AG,.,<0
| L~ : va'p
. = (liquid water
E 40.00 A= > evaporates)
5 ' (water vapor e
condenses) 1= :
/./’ |
35.00 - /’/. :
L~ 1>5\,a0 :
|

300 323 350 375 400 425 450

Temperature (K)
Figure 6.5.1: Temperature Dependence of AH and TAS for the Vaporization of Water. Both AH and TAS are temperature dependent,
but the lines have opposite slopes and cross at 373.15 K at 1 atm, where AH = TAS. Because AG = AH - TAS, at this temperature
AG = 0, indicating that the liquid and vapor phases are in equilibrium. The normal boiling point of water is therefore 373.15 K.
Above the normal boiling point, the TAS term is greater than AH, making AG < 0; hence, liquid water evaporates spontaneously.
Below the normal boiling point, the AH term is greater than TAS, making AG > 0. Thus liquid water does not evaporate
spontaneously, but water vapor spontaneously condenses to liquid.

Graph of kilojoule per mole against temperature. The purple line is the delta H vaporization. the green line is the T delta S
vaporization.

A similar situation arises in the conversion of liquid egg white to a solid when an egg is boiled. The major component of egg white
is a protein called albumin, which is held in a compact, ordered structure by a large number of hydrogen bonds. Breaking them
requires an input of energy (AH > 0), which converts the albumin to a highly disordered structure in which the molecules aggregate
as a disorganized solid (AS > 0). At temperatures greater than 373 K, the TAS term dominates, and AG < 0, so the conversion of a
raw egg to a hard-boiled egg is an irreversible and spontaneous process above 373 K.
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The Definition of Gibbs Free Energy: [youtu.be]

The Relationship between AG and Work

In the previous subsection, we learned that the value of AG allows us to predict the spontaneity of a physical or a chemical change.
In addition, the magnitude of AG for a process provides other important information. The change in free energy (AG) is equal to the
maximum amount of work that a system can perform on the surroundings while undergoing a spontaneous change (at constant
temperature and pressure): AG = wy,,,. To see why this is true, let’s look again at the relationships among free energy, enthalpy, and
entropy expressed in Equation 6.5.2. We can rearrange this equation as follows:

AH = AG +TAS (6.5.6)

This equation tells us that when energy is released during an exothermic process (AH < 0), such as during the combustion of a fuel,
some of that energy can be used to do work (AG < 0), while some is used to increase the entropy of the universe (TAS > 0). Only if
the process occurs infinitely slowly in a perfectly reversible manner will the entropy of the universe be unchanged. (For more
information on entropy and reversibility, see the previous section). Because no real system is perfectly reversible, the entropy of the
universe increases during all processes that produce energy. As a result, no process that uses stored energy can ever be 100%
efficient; that is, AH will never equal AG because AS has a positive value.

One of the major challenges facing engineers is to maximize the efficiency of converting stored energy to useful work or
converting one form of energy to another. As indicated in Table 6.5.1, the efficiencies of various energy-converting devices vary
widely. For example, an internal combustion engine typically uses only 25%-30% of the energy stored in the hydrocarbon fuel to
perform work; the rest of the stored energy is released in an unusable form as heat. In contrast, gas—electric hybrid engines, now
used in several models of automobiles, deliver approximately 50% greater fuel efficiency. A large electrical generator is highly
efficient (approximately 99%) in converting mechanical to electrical energy, but a typical incandescent light bulb is one of the least
efficient devices known (only approximately 5% of the electrical energy is converted to light). In contrast, a mammalian liver cell
is a relatively efficient machine and can use fuels such as glucose with an efficiency of 30%—-50%.

Table 6.5.1: Approximate Thermodynamic Efficiencies of Various Devices
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Device Energy Conversion Approximate Efficiency (%)
large electrical generator mechanical - electrical 99
chemical battery chemical — electrical 90
home furnace chemical — heat 65
small electric tool electrical —~ mechanical 60
space shuttle engine chemical — mechanical 50
mammalian liver cell chemical — chemical 30-50
spinach leaf cell light — chemical 30
internal combustion engine chemical — mechanical 25-30
fluorescent light electrical — light 20
solar cell light — electricity 10-20
incandescent light bulb electricity — light 5
yeast cell chemical — chemical 2-4

Standard Free-Energy Change

We have seen that there is no way to measure absolute enthalpies, although we can measure changes in enthalpy (AH) during a
chemical reaction. Because enthalpy is one of the components of Gibbs free energy, we are consequently unable to measure
absolute free energies; we can measure only changes in free energy. The standard free-energy change (AG®) is the change in free
energy when one substance or a set of substances in their standard states is converted to one or more other substances, also in their
standard states. The standard free-energy change can be calculated from the definition of free energy, if the standard enthalpy and

entropy changes are known, using Equation 6.5.7:
AG°= AH°—TAS° (6.5.7)

If AS° and AHP for a reaction have the same sign, then the sign of AG® depends on the relative magnitudes of the AH® and TAS®
terms. It is important to recognize that a positive value of AG® for a reaction does not mean that no products will form if the
reactants in their standard states are mixed; it means only that at equilibrium the concentrations of the products will be less than the
concentrations of the reactants.

l A positive AG® means that the equilibrium constant is less than 1.

v Example 6.5.1

Calculate the standard free-energy change (AG®) at 25°C for the reaction
H;(g) + O2(g) = H202(1)
At 25°C, the standard enthalpy change (AH®) is —187.78 kJ/mol, and the absolute entropies of the products and reactants are:

e S°(H,0,) = 109.6 J/(mol*K),
e S°(0,) = 205.2 J/(mol*K), and
e S°(H,) =130.7 J/(mol*K).

Is the reaction spontaneous as written?
Given: balanced chemical equation, AH® and S° for reactants and products

Asked for: spontaneity of reaction as written

Strategy:
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A. Calculate AS° from the absolute molar entropy values given.
B. Use Equation 6.5.7, the calculated value of AS°®, and other data given to calculate AG® for the reaction. Use the value of
AG® to determine whether the reaction is spontaneous as written.

Solution
A To calculate AG® for the reaction, we need to know AH?, AS°, and T. We are given AH?, and we know that T = 298.15 K.
We can calculate AS° from the absolute molar entropy values provided using the “products minus reactants” rule:
AS® = §°(H202) — [S°(02) + S°(Hz)]
= [1 mol HyO3 x 109.6 J/(mol - K)]
—{[1 mol Hy x 130.7 J/(mol - K)] + [1 mol Oz x 205.2 J/(mol - K)]}
= —226.3 J/K (per mole of HyO3)

As we might expect for a reaction in which 2 mol of gas is converted to 1 mol of a much more ordered liquid, AS°® is very
negative for this reaction.

B Substituting the appropriate quantities into Equation 6.5.7,

AG® = AH* —TAS®
= —187.78 kJ /mol — (298.15 K)[—226.3 J/(mol - K) x 1 kJ/1000 J]
= —187.78 kJ /mol + 67.47 kJ /mol
= —120.31 kJ/mol

The negative value of AG° indicates that the reaction is spontaneous as written. Because AS° and AH? for this reaction have
the same sign, the sign of AG°® depends on the relative magnitudes of the AH° and TAS® terms. In this particular case, the
enthalpy term dominates, indicating that the strength of the bonds formed in the product more than compensates for the
unfavorable AS° term and for the energy needed to break bonds in the reactants.

? Exercise 6.5.1

Calculate the standard free-energy change (AG?) at 25°C for the reaction
2H;(g) + Na(g) = N2 Ha(D).
Is the reaction spontaneous as written at 25°C?
Hint
At 25°C, the standard enthalpy change (AH?) is 50.6 kJ/mol, and the absolute entropies of the products and reactants are

e S°(NyHy) = 121.2 J/(mol*K),
e S°(Ny) = 191.6 J/(mol*K), and
e S°(Hy) = 130.7 J/(mol*K).

Answer
149.5 kJ/mol

no, not spontaneous

Video Solution
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Determining if a Reaction is Spontaneous: [youtu.be]

Tabulated values of standard free energies of formation allow chemists to calculate the values of AG®° for a wide variety of
chemical reactions rather than having to measure them in the laboratory. The standard free energy of formation (AGj)of a
compound is the change in free energy that occurs when 1 mol of a substance in its standard state is formed from the component
elements in their standard states. By definition, the standard free energy of formation of an element in its standard state is zero at
298.15 K. One mole of Cl, gas at 298.15 K, for example, has AG§ = 0. The standard free energy of formation of a compound can
be calculated from the standard enthalpy of formation (AHf) and the standard entropy of formation (AS°f) using the definition of
free energy:

AGY = AH? —TAS? (6.5.8)

Using standard free energies of formation to calculate the standard free energy of a reaction is analogous to calculating standard
enthalpy changes from standard enthalpies of formation using the familiar “products minus reactants™ rule:

AGY,, = Z mAGY(products) — Z nA%(reactants) (6.5.9)

where m and n are the stoichiometric coefficients of each product and reactant in the balanced chemical equation. A very large
negative AG® indicates a strong tendency for products to form spontaneously from reactants; it does not, however, necessarily
indicate that the reaction will occur rapidly. To make this determination, we need to evaluate the kinetics of the reaction.

X The "Products minus Reactants" Rule

The AG° of a reaction can be calculated from tabulated AG°¢ values ( ) using the “products minus reactants” rule.

v/ Example 6.5.2

Calculate AG® for the reaction of isooctane with oxygen gas to give carbon dioxide and water (described in Example 7). Use
the following data:

¢ AG°®(isooctane) = —353.2 kJ/mol,
e AG°H(CO3y) = —394.4 kJ/mol, and
o AG°¢{(H,0) = —237.1 kJ/mol. Is the reaction spontaneous as written?

Given: balanced chemical equation and values of AG®s for isooctane, CO», and H,O
Asked for: spontaneity of reaction as written
Strategy:

Use the “products minus reactants” rule to obtain AG°x,, remembering that AG®°; for an element in its standard state is zero.
From the calculated value, determine whether the reaction is spontaneous as written.
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Solution
The balanced chemical equation for the reaction is as follows:

CsHis(1) + 2 0;(g) — 8CO03(g) +9H,0(1)

We are given AG°; values for all the products and reactants except O,(g). Because oxygen gas is an element in its standard
state, AG° (O,) is zero. Using the “products minus reactants” rule,

AG" = [8AG2(COg) + 9AG: (H;0)] — [mc;(chls) + %AG;(OZ)]
— [(8 mol)(—394.4 kI /mol) + (9 mol)(—237.1 kJ /mol)]
- [(1 mol)(—353.2 kJ/mol) + (% mol) © kJ/mol)]
— —4935.9 kJ (per mol of CsHig)

Because AG® is a large negative number, there is a strong tendency for the spontaneous formation of products from reactants
(though not necessarily at a rapid rate). Also notice that the magnitude of AG® is largely determined by the AG°; of the stable
products: water and carbon dioxide.

? Exercise 6.5.2

Calculate AG® for the reaction of benzene with hydrogen gas to give cyclohexane using the following data

e AG’¢(benzene) = 124.5 kJ/mol
e AG®¢ (cyclohexane) = 217.3 kJ/mol.

Is the reaction spontaneous as written?

Answer

92.8 kJ; no

Video Solution

Calculating Grxn using Gf: [youtu.be]

Calculated values of AG® are extremely useful in predicting whether a reaction will occur spontaneously if the reactants and
products are mixed under standard conditions. We should note, however, that very few reactions are actually carried out under
standard conditions, and calculated values of AG® may not tell us whether a given reaction will occur spontaneously under
nonstandard conditions. What determines whether a reaction will occur spontaneously is the free-energy change (AG) under the
actual experimental conditions, which are usually different from AG®. If the AH and TAS terms for a reaction have the same sign,
for example, then it may be possible to reverse the sign of AG by changing the temperature, thereby converting a reaction that is
not thermodynamically spontaneous, having Keq < 1, to one that is, having a Keq > 1, or vice versa. Because AH and AS usually do
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not vary greatly with temperature in the absence of a phase change, we can use tabulated values of AH® and AS° to calculate AG® at
various temperatures, as long as no phase change occurs over the temperature range being considered.

I In the absence of a phase change, neither AH nor AS vary greatly with temperature.

v/ Example 6.5.3

Calculate (a) AG® and (b) AG3ggec for the reaction Ny(g)+3Hy(g)=2NHj3(g), assuming that AH and AS do not change between
25°C and 300°C. Use these data:

o S°(N) = 191.6 J/(mol*K),

o S°(H,) = 130.7 J/(mol*K),

e S°(NH3) = 192.8 J/(mol*K), and
e AH°; (NH3) = —45.9 kJ/mol.

Given: balanced chemical equation, temperatures, S° values, and AH’¢ for NH3
Asked for: AG° and AG at 300°C
Strategy:

A. Convert each temperature to kelvins. Then calculate AS® for the reaction. Calculate AH® for the reaction, recalling that
AH"¢ for any element in its standard state is zero.

B. Substitute the appropriate values into Equation 6.5.7 to obtain AG® for the reaction.

C. Assuming that AH and AS are independent of temperature, substitute values into Equation 6.5.2 to obtain AG for the
reaction at 300°C.

Solution

A To calculate AG® for the reaction using Equation 6.5.7, we must know the temperature as well as the values of AS° and AH®.
At standard conditions, the temperature is 25°C, or 298 K. We can calculate AS® for the reaction from the absolute molar
entropy values given for the reactants and the products using the “products minus reactants” rule:

AS;. = 25°(NH3) — [S°(Ng) + 35°(Hs)]
= [2 mol NHj x 192.8 J/(mol - K)]
— {[1 mol N2 x 191.6 J/(mol - K)] + [3 mol Hz x 130.7 J/(mol - K)]}
= —198.1 J/K (per mole of N,) (6.5.10)

We can also calculate AH® for the reaction using the “products minus reactants” rule. The value of AH¢ (NH3) is given, and
AH°¢ is zero for both Ny and Hy:

AHy, = 2AH; (NHs) — [AH; (N;) + 3AH (Hy)]
= [2 x (—45.9 kJ/mol)] — [(1 x 0 kJ/mol) + (3 x 0 kJ/mol)]
= —91.8 kJ(per mole of N,)

B Inserting the appropriate values into Equation 6.5.7

AG:, = AH® —TAS® = (—91.8 kJ) — (298 K)(—198.1 J/K)(1 kJ/1000 J)
= —32.7 kJ (per mole of N,)
C To calculate AG for this reaction at 300°C, we assume that AH and AS are independent of temperature (i.e., AH3q00c = H®
and AS3gg0c = AS®) and insert the appropriate temperature (573 K) into Equation 6.5.2:

AG300:¢c = AHzppec — (573 K)(AS300:c)
— AH® — (573 K)AS®
= (—91.8 kJ) — (573 K)(—198.1 J/K)(1 kJ/1000 J)
= 21.7 kJ (per mole of N,)

In this example, changing the temperature has a major effect on the thermodynamic spontaneity of the reaction. Under standard
conditions, the reaction of nitrogen and hydrogen gas to produce ammonia is thermodynamically spontaneous, but in practice,
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it is too slow to be useful industrially. Increasing the temperature in an attempt to make this reaction occur more rapidly also
changes the thermodynamics by causing the —TAS® term to dominate, and the reaction is no longer spontaneous at high
temperatures; that is, its Keq is less than one. This is a classic example of the conflict encountered in real systems between
thermodynamics and kinetics, which is often unavoidable.

? Exercise 6.5.3

Calculate

a. AG° and
b. AGrspe¢

for the following reaction
2NO(g) + O2(g) = 2NO;(g)

which is important in the formation of urban smog. Assume that AH and AS do not change between 25.0°C and 750°C and use
these data:

e S°(NO) = 210.8 J/(mol*K),

e S°(0,) = 205.2 J/(mol*K),

e S°(NO,) = 240.1 J/(mol*K),

e AH’{(NO,) = 33.2 kJ/mol, and

e AH’;(NO) = 91.3 kJ/mol.

Answer a
—72.5 kJ/mol of O,
Answer b

33.8 kJ/mol of O,

The effect of temperature on the spontaneity of a reaction, which is an important factor in the design of an experiment or an
industrial process, depends on the sign and magnitude of both AH® and AS°. The temperature at which a given reaction is at
equilibrium can be calculated by setting AG® = 0 in Equation 6.5.7, as illustrated in Example 6.5.4.

v/ Example 6.5.4

As you saw in Example 6.5.3, the reaction of nitrogen and hydrogen gas to produce ammonia is one in which AH® and AS° are
both negative. Such reactions are predicted to be thermodynamically spontaneous at low temperatures but nonspontaneous at
high temperatures. Use the data in Example 9.5.3 to calculate the temperature at which this reaction changes from spontaneous
to nonspontaneous, assuming that AH® and AS® are independent of temperature.

Given: AH® and AS°

Asked for: temperature at which reaction changes from spontaneous to nonspontaneous

Strategy:

Set AG® equal to zero in Equation 6.5.7 and solve for T, the temperature at which the reaction becomes nonspontaneous.
Solution

In Example 6.5.3, we calculated that AH® is —91.8 kJ/mol of N> and AS° is —198.1 J/K per mole of Ny, corresponding to AG® =
—32.7 kJ/mol of Ny at 25°C. Thus the reaction is indeed spontaneous at low temperatures, as expected based on the signs of

AH° and AS°. The temperature at which the reaction becomes nonspontaneous is found by setting AG®° equal to zero and
rearranging Equation 6.5.7 to solve for T:
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AG°=AH®—-TAS* =0

AH® = TAS®
_ AH° _ (—91.8kJ)(1000 J/kJ)
T=7%s = —198.1 J/JK =463 K

This is a case in which a chemical engineer is severely limited by thermodynamics. Any attempt to increase the rate of reaction
of nitrogen with hydrogen by increasing the temperature will cause reactants to be favored over products above 463 K.

? Exercise 6.5.4

As you found in the exercise in Example 6.5.3, AH® and AS® are both negative for the reaction of nitric oxide and oxygen to
form nitrogen dioxide. Use those data to calculate the temperature at which this reaction changes from spontaneous to
nonspontaneous.

Answer

792.6 K

Video Solution

Summary

e The change in Gibbs free energy, which is based solely on changes in state functions, is the criterion for predicting the
spontaneity of a reaction.

o Free-energy change:

AG =AH —-TAS
o Standard free-energy change:
AG°= AH°—TAS°

We can predict whether a reaction will occur spontaneously by combining the entropy, enthalpy, and temperature of a system in a
new state function called Gibbs free energy (G). The change in free energy (AG) is the difference between the heat released during
a process and the heat released for the same process occurring in a reversible manner. If a system is at equilibrium, AG = 0. If the
process is spontaneous, AG < 0. If the process is not spontaneous as written but is spontaneous in the reverse direction, AG > 0. At
constant temperature and pressure, AG is equal to the maximum amount of work a system can perform on its surroundings while
undergoing a spontaneous change. The standard free-energy change (AG®) is the change in free energy when one substance or a set
of substances in their standard states is converted to one or more other substances, also in their standard states. The standard free
energy of formation (AG°y), is the change in free energy that occurs when 1 mol of a substance in its standard state is formed from
the component elements in their standard states. Tabulated values of standard free energies of formation are used to calculate AG®
for a reaction.

6.5: Gibbs Energy is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

e 19.5: Gibbs Free Energy is licensed CC BY-NC-SA 3.0.

https://chem.libretexts.org/@go/page/207339


https://libretexts.org/
https://chem.libretexts.org/@go/page/207339?pdf
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/06%3A_Gibbs_Energy_and_Thermodynamics/6.05%3A_Gibbs_Energy
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/06%3A_Gibbs_Energy_and_Thermodynamics/6.05%3A_Gibbs_Energy?no-cache
https://chem.libretexts.org/@go/page/21911
https://creativecommons.org/licenses/by-nc-sa/3.0/

LibreTexts"

6.6: Entropy Changes in Chemical Reactions

4b Learning Objectives

e To calculate entropy changes for a chemical reaction

We have seen that the energy given off (or absorbed) by a reaction, and monitored by noting the change in temperature of the
surroundings, can be used to determine the enthalpy of a reaction (e.g. by using a calorimeter). Tragically, there is no comparable
easy way to experimentally measure the change in entropy for a reaction. Suppose we know that energy is going into a system (or
coming out of it), and yet we do not observe any change in temperature. What is going on in such a situation? Changes in internal
energy, that are not accompanied by a temperature change, might reflect changes in the entropy of the system.

For example, consider water at °0C at 1 atm pressure

o This is the temperature and pressure condition where liquid and solid phases of water are in equilibrium (also known as the

melting point of ice)
H,0(s) — H20(1) (6.6.1)

e At such a temperature and pressure we have a situation (by definition) where we have some ice and some liquid water
o If a small amount of energy is input into the system the equilibrium will shift slightly to the right (i.e. in favor of the liquid

state)
o Likewise if a small amount of energy is withdrawn from the system, the equilibrium will shift to the left (more ice)

However, in both of the above situations, the energy change is not accompanied by a
change in temperature (the temperature will not change until we no longer have an
equilibrium condition; i.e. all the ice has melted or all the liquid has frozen)

Since the quantitative term that relates the amount of heat energy input vs. the rise in temperature is the heat capacity, it would
seem that in some way, information about the heat capacity (and how it changes with temperature) would allow us to determine the
entropy change in a system. In fact, values for the "standard molar entropy" of a substance have units of J/mol K, the same units as

for molar heat capacity.

Standard Molar Entropy, S°
The entropy of a substance has an absolute value of 0 entropy at 0 K.

o Standard molar entropies are listed for a reference temperature (like 298 K) and 1 atm pressure (i.e. the entropy of a pure
substance at 298 K and 1 atm pressure). A table of standard molar entropies at 0K would be pretty useless because it would be 0
for every substance (duh!) Standard molar entropy values are listed for a variety of substances in Table T2.

¢ When comparing standard molar entropies for a substance that is either a solid, liquid or gas at 298 K and 1 atm pressure, the
gas will have more entropy than the liquid, and the liquid will have more entropy than the solid

o Unlike enthalpies of formation, standard molar entropies of elements are not 0.

The entropy change in a chemical reaction is given by the sum of the entropies of the products minus the sum of the entropies of
the reactants. As with other calculations related to balanced equations, the coefficients of each component must be taken into
account in the entropy calculation (the n, and m, terms below are there to indicate that the coefficients must be accounted for):

AS? = Z nS 0(197'oduct.9) - Z mS O(Teactants)
n m

v/ Example 6.6.1: Haber Process

Calculate the change in entropy associated with the Haber process for the production of ammonia from nitrogen and hydrogen
gas.

N2 (g) +3Ha(g) = 2NH;(g)
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At 298K as a standard temperature:

e SO(NH;) = 192.5 J/mol K
« S°H,) = 130.6 J/mol K
e SYN,) = 191.5 J/mol K

Solution

From the balanced equation we can write the equation for AS? (the change in the standard molar entropy for the reaction):
AS° = 2+SO(NH;) - [S°(Np) + (3*S°(Hy))]

AS? =2%192.5 - [191.5 + (3*130.6)]

AS° = -198.3 J/mol K

It would appear that the process results in a decrease in entropy - i.e. a decrease in disorder. This is expected because we are
decreasing the number of gas molecules. In other words the N,(g) used to float around independently of the H, gas molecules.
After the reaction, the two are bonded together and can't float around freely from one another. (I guess you can consider
marriage as a negative entropy process!)

To calculate AS® for a chemical reaction from standard molar entropies, we use the familiar “products minus reactants” rule, in
which the absolute entropy of each reactant and product is multiplied by its stoichiometric coefficient in the balanced chemical
equation. Example 6.6.2 illustrates this procedure for the combustion of the liquid hydrocarbon isooctane (CgH;g; 2,2,4-
trimethylpentane).

AS° for a reaction can be calculated from absolute entropy values using the same “products minus reactants” rule used to
calculate AH®.

v/ Example 6.6.2: Combustion of Octane

Use the data in Table T2 to calculate AS® for the combustion reaction of liquid isooctane with O»(g) to give CO»(g) and
H,0(g) at 298 K.

Given: standard molar entropies, reactants, and products
Asked for: AS°
Strategy:

Write the balanced chemical equation for the reaction and identify the appropriate quantities in Table T2. Subtract the sum of
the absolute entropies of the reactants from the sum of the absolute entropies of the products, each multiplied by their
appropriate stoichiometric coefficients, to obtain AS® for the reaction.

Solution:

The balanced chemical equation for the complete combustion of isooctane (CgH;g) is as follows:
CsHig () + 5 02(g) —8C02(g) +9H0(g)

We calculate AS® for the reaction using the “products minus reactants” rule, where m and n are the stoichiometric coefficients
of each product and each reactant:
AS; . = E mS° (products) — ZnS°(rea.cta.nts)
25

=) [85°(002) + 93°(H20)] — [So(CSHls) + ?So(()z)]

= {[8 mol CO; x 213.8 J/(mol - K)] + [9 mol H,0 x 188.8 J/(mol - K)]}

— {[1 mol CgHyg x 329.3 J/(mol - K)] + [% mol Og x 205.2 J/(mol - K)]}

=515.3 J/K
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AS° is positive, as expected for a combustion reaction in which one large hydrocarbon molecule is converted to many
molecules of gaseous products.

? Exercise 6.6.2

Use the data in to calculate AS°® for the reaction of Hy(g) with liquid benzene (CgHg) to give cyclohexane (CgHy2).

Answer

-361.1 JJK

Calculating the Entropy of Reaction using S: [youtu.be]

is shared under a license and was authored, remixed, and/or curated by LibreTexts.

. is licensed
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6.7: Gibbs Energy Changes in Chemical Reactions

4b Learning Objectives

e To understand the relationship between Gibbs free energy and work.

One of the major goals of chemical thermodynamics is to establish criteria for predicting whether a particular reaction or process
will occur spontaneously. We have developed one such criterion, the change in entropy of the universe: if ASn;y > 0 for a process
or a reaction, then the process will occur spontaneously as written. Conversely, if ASniy < 0, a process cannot occur spontaneously;
if ASuniv = 0, the system is at equilibrium. The sign of ASyy;v is a universally applicable and infallible indicator of the spontaneity
of a reaction. Unfortunately, using ASynjy requires that we calculate AS for both a system and its surroundings. This is not
particularly useful for two reasons: we are normally much more interested in the system than in the surroundings, and it is difficult
to make quantitative measurements of the surroundings (i.e., the rest of the universe). A criterion of spontaneity that is based solely
on the state functions of a system would be much more convenient and is provided by a new state function: the Gibbs free energy.

Gibbs Free Energy and the Direction of Spontaneous Reactions

The Gibbs free energy (G), often called simply free energy, was named in honor of J. Willard Gibbs (1838-1903), an American
physicist who first developed the concept. It is defined in terms of three other state functions with which you are already familiar:
enthalpy, temperature, and entropy:

G=H-TS (6.7.1)

Because it is a combination of state functions, G is also a state function.

X J. Willard Gibbs (1839-1903)

Born in Connecticut, Josiah Willard Gibbs attended Yale, as did his father, a professor of sacred literature at Yale, who was
involved in the Amistad trial. In 1863, Gibbs was awarded the first engineering doctorate granted in the United States. He was
appointed professor of mathematical physics at Yale in 1871, the first such professorship in the United States. His series of
papers entitled “On the Equilibrium of Heterogeneous Substances” was the foundation of the field of physical chemistry and is
considered one of the great achievements of the 19th century. Gibbs, whose work was translated into French by Le Chatelier,
lived with his sister and brother-in-law until his death in 1903, shortly before the inauguration of the Nobel Prizes.

The criterion for predicting spontaneity is based on (AG), the change in G, at constant temperature and pressure. Although very few
chemical reactions actually occur under conditions of constant temperature and pressure, most systems can be brought back to the
initial temperature and pressure without significantly affecting the value of thermodynamic state functions such as G. At constant
temperature and pressure,

AG = AH —TAS (6.7.2)

where all thermodynamic quantities are those of the system. Recall that at constant pressure, AH = g, whether a process is
reversible or irreversible, and TAS = q,,. Using these expressions, we can reduce Equation 6.7.2 to AG = g — gre,- Thus AG is the
difference between the heat released during a process (via a reversible or an irreversible path) and the heat released for the same
process occurring in a reversible manner. Under the special condition in which a process occurs reversibly, q = grey and AG = 0. As
we shall soon see, if AG is zero, the system is at equilibrium, and there will be no net change.

What about processes for which AG # 0? To understand how the sign of AG for a system determines the direction in which change
is spontaneous, we can rewrite the relationship between AS and g,.,, discussed earlier.

qTEU
AS = T
s T
with the definition of AH in terms of gye,
Qrev = AH
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to obtain

AHgy
T

ASgur = — (6.7.3)

Thus the entropy change of the surroundings is related to the enthalpy change of the system. We have stated that for a spontaneous
reaction, ASy,;, > 0, so substituting we obtain

ASumiv = ASsys + ASgur >0 (674)
AH,
= ASyy, — Ts’s >0 (6.7.5)

Multiplying both sides of the inequality by —T reverses the sign of the inequality; rearranging,
AH,y, —TAS,y,, <0
which is equal to AG (Equation 6.7.2). We can therefore see that for a spontaneous process, AG < 0.

The relationship between the entropy change of the surroundings and the heat gained or lost by the system provides the key
connection between the thermodynamic properties of the system and the change in entropy of the universe. The relationship shown
in Equation 6.7.2 allows us to predict spontaneity by focusing exclusively on the thermodynamic properties and temperature of the
system. We predict that highly exothermic processes (AH « 0) that increase the disorder of a system (AS,s > 0) would therefore
occur spontaneously. An example of such a process is the decomposition of ammonium nitrate fertilizer. Ammonium nitrate was
also used to destroy the Murrah Federal Building in Oklahoma City, Oklahoma, in 1995. For a system at constant temperature and
pressure, we can summarize the following results:

o If AG < 0, the process occurs spontaneously.
o If AG =0, the system is at equilibrium.
o If AG > 0, the process is not spontaneous as written but occurs spontaneously in the reverse direction.

To further understand how the various components of AG dictate whether a process occurs spontaneously, we now look at a simple
and familiar physical change: the conversion of liquid water to water vapor. If this process is carried out at 1 atm and the normal
boiling point of 100.00°C (373.15 K), we can calculate AG from the experimentally measured value of AHy,p, (40.657 kJ/mol). For
vaporizing 1 mol of water, AH = 40, 657; J, so the process is highly endothermic. From the definition of AS (Equation 6.7.3), we
know that for 1 mol of water,

AH,yp
T
40,657 J
T 3IBI5K
=108.96 J/K

ASvap =

Hence there is an increase in the disorder of the system. At the normal boiling point of water,

AGiorc = AHi00°c — TAS100°c
= 40,657 J — [(373.15 K)(108.96 J/K)|
=01J
The energy required for vaporization offsets the increase in disorder of the system. Thus AG = 0, and the liquid and vapor are in

equilibrium, as is true of any liquid at its boiling point under standard conditions.

Now suppose we were to superheat 1 mol of liquid water to 110°C. The value of AG for the vaporization of 1 mol of water at
110°C, assuming that AH and AS do not change significantly with temperature, becomes

AGugc = AH—TAS
= 40,657 J — [(383.15 K)(108.96 J/K)]
=—10917J

At 110°C, AG < 0, and vaporization is predicted to occur spontaneously and irreversibly.
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We can also calculate AG for the vaporization of 1 mol of water at a temperature below its normal boiling point—for example,
90°C—making the same assumptions:

AGoyc = AH — TAS
= 40,657 J — [(363.15 K)(108.96 J/K)]
=1088 J

At 90°C, AG > 0, and water does not spontaneously convert to water vapor. When using all the digits in the calculator display in
carrying out our calculations, AGyjgec = 1090 J = ~AGggec, as we would predict.

X Relating Enthalpy and Entropy changes under Equilibrium Conditions

AG =0 only if AH = TAS.

We can also calculate the temperature at which liquid water is in equilibrium with water vapor. Inserting the values of AH and AS
into the definition of AG (Equation 6.7.2), setting AG = 0, and solving for T,
0J=40,657 J-T(108.96 J/K)
T=373.15K

Thus AG =0 at T = 373.15 K and 1 atm, which indicates that liquid water and water vapor are in equilibrium; this temperature is
called the normal boiling point of water. At temperatures greater than 373.15 K, AG is negative, and water evaporates
spontaneously and irreversibly. Below 373.15 K, AG is positive, and water does not evaporate spontaneously. Instead, water vapor
at a temperature less than 373.15 K and 1 atm will spontaneously and irreversibly condense to liquid water. Figure 6.7.1 shows how
the AH and TAS terms vary with temperature for the vaporization of water. When the two lines cross, AG = 0, and AH = TAS.

AG,,,=0
(liquid and vapor phases in equilibrium)
50.00 — 1
| o
l =
45.00 | Apy . e
2p : " |AG,.,<0
| L~ : va'p
. = (liquid water
E 40.00 A= > evaporates)
5 ' (water vapor e
condenses) 1= :
/./’ |
35.00 - /’/. :
L~ 1>5\,a0 :
|

300 323 350 375 400 425 450

Temperature (K)
Figure 6.7.1: Temperature Dependence of AH and TAS for the Vaporization of Water. Both AH and TAS are temperature dependent,
but the lines have opposite slopes and cross at 373.15 K at 1 atm, where AH = TAS. Because AG = AH - TAS, at this temperature
AG = 0, indicating that the liquid and vapor phases are in equilibrium. The normal boiling point of water is therefore 373.15 K.
Above the normal boiling point, the TAS term is greater than AH, making AG < 0; hence, liquid water evaporates spontaneously.
Below the normal boiling point, the AH term is greater than TAS, making AG > 0. Thus liquid water does not evaporate
spontaneously, but water vapor spontaneously condenses to liquid.

Graph of kilojoule per mole against temperature. The purple line is the delta H vaporization. the green line is the T delta S
vaporization.

A similar situation arises in the conversion of liquid egg white to a solid when an egg is boiled. The major component of egg white
is a protein called albumin, which is held in a compact, ordered structure by a large number of hydrogen bonds. Breaking them
requires an input of energy (AH > 0), which converts the albumin to a highly disordered structure in which the molecules aggregate
as a disorganized solid (AS > 0). At temperatures greater than 373 K, the TAS term dominates, and AG < 0, so the conversion of a
raw egg to a hard-boiled egg is an irreversible and spontaneous process above 373 K.
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The Definition of Gibbs Free Energy: [youtu.be]

The Relationship between AG and Work

In the previous subsection, we learned that the value of AG allows us to predict the spontaneity of a physical or a chemical change.
In addition, the magnitude of AG for a process provides other important information. The change in free energy (AG) is equal to the
maximum amount of work that a system can perform on the surroundings while undergoing a spontaneous change (at constant
temperature and pressure): AG = wy,,,. To see why this is true, let’s look again at the relationships among free energy, enthalpy, and
entropy expressed in Equation 6.7.2. We can rearrange this equation as follows:

AH = AG +TAS (6.7.6)

This equation tells us that when energy is released during an exothermic process (AH < 0), such as during the combustion of a fuel,
some of that energy can be used to do work (AG < 0), while some is used to increase the entropy of the universe (TAS > 0). Only if
the process occurs infinitely slowly in a perfectly reversible manner will the entropy of the universe be unchanged. (For more
information on entropy and reversibility, see the previous section). Because no real system is perfectly reversible, the entropy of the
universe increases during all processes that produce energy. As a result, no process that uses stored energy can ever be 100%
efficient; that is, AH will never equal AG because AS has a positive value.

One of the major challenges facing engineers is to maximize the efficiency of converting stored energy to useful work or
converting one form of energy to another. As indicated in Table 6.7.1, the efficiencies of various energy-converting devices vary
widely. For example, an internal combustion engine typically uses only 25%-30% of the energy stored in the hydrocarbon fuel to
perform work; the rest of the stored energy is released in an unusable form as heat. In contrast, gas—electric hybrid engines, now
used in several models of automobiles, deliver approximately 50% greater fuel efficiency. A large electrical generator is highly
efficient (approximately 99%) in converting mechanical to electrical energy, but a typical incandescent light bulb is one of the least
efficient devices known (only approximately 5% of the electrical energy is converted to light). In contrast, a mammalian liver cell
is a relatively efficient machine and can use fuels such as glucose with an efficiency of 30%—-50%.

Table 6.7.1: Approximate Thermodynamic Efficiencies of Various Devices
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Device Energy Conversion Approximate Efficiency (%)
large electrical generator mechanical - electrical 99
chemical battery chemical — electrical 90
home furnace chemical — heat 65
small electric tool electrical —~ mechanical 60
space shuttle engine chemical — mechanical 50
mammalian liver cell chemical — chemical 30-50
spinach leaf cell light — chemical 30
internal combustion engine chemical — mechanical 25-30
fluorescent light electrical — light 20
solar cell light — electricity 10-20
incandescent light bulb electricity — light 5
yeast cell chemical — chemical 2-4

Standard Free-Energy Change

We have seen that there is no way to measure absolute enthalpies, although we can measure changes in enthalpy (AH) during a
chemical reaction. Because enthalpy is one of the components of Gibbs free energy, we are consequently unable to measure
absolute free energies; we can measure only changes in free energy. The standard free-energy change (AG®) is the change in free
energy when one substance or a set of substances in their standard states is converted to one or more other substances, also in their
standard states. The standard free-energy change can be calculated from the definition of free energy, if the standard enthalpy and

entropy changes are known, using Equation 6.7.7:
AG°= AH°—TAS° (6.7.7)

If AS° and AHP for a reaction have the same sign, then the sign of AG® depends on the relative magnitudes of the AH® and TAS®
terms. It is important to recognize that a positive value of AG® for a reaction does not mean that no products will form if the
reactants in their standard states are mixed; it means only that at equilibrium the concentrations of the products will be less than the
concentrations of the reactants.

l A positive AG® means that the equilibrium constant is less than 1.

v/ Example 6.7.1

Calculate the standard free-energy change (AG®) at 25°C for the reaction
H;(g) + O2(g) = H202(1)
At 25°C, the standard enthalpy change (AH®) is —187.78 kJ/mol, and the absolute entropies of the products and reactants are:

e S°(H,0,) = 109.6 J/(mol*K),
e S°(0,) = 205.2 J/(mol*K), and
e S°(H,) =130.7 J/(mol*K).

Is the reaction spontaneous as written?
Given: balanced chemical equation, AH® and S° for reactants and products

Asked for: spontaneity of reaction as written

Strategy:
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A. Calculate AS° from the absolute molar entropy values given.
B. Use Equation 6.7.7, the calculated value of AS°®, and other data given to calculate AG® for the reaction. Use the value of
AG® to determine whether the reaction is spontaneous as written.

Solution
A To calculate AG® for the reaction, we need to know AH?, AS°, and T. We are given AH?, and we know that T = 298.15 K.
We can calculate AS° from the absolute molar entropy values provided using the “products minus reactants” rule:
AS® = §°(H202) — [S°(02) + S°(Hz)]
= [1 mol HyO3 x 109.6 J/(mol - K)]
—{[1 mol Hy x 130.7 J/(mol - K)] + [1 mol Oz x 205.2 J/(mol - K)]}
= —226.3 J/K (per mole of HyO3)

As we might expect for a reaction in which 2 mol of gas is converted to 1 mol of a much more ordered liquid, AS°® is very
negative for this reaction.

B Substituting the appropriate quantities into Equation 6.7.7,

AG® = AH* —TAS®
= —187.78 kJ /mol — (298.15 K)[—226.3 J/(mol - K) x 1 kJ/1000 J]
= —187.78 kJ /mol + 67.47 kJ /mol
= —120.31 kJ/mol

The negative value of AG° indicates that the reaction is spontaneous as written. Because AS° and AH? for this reaction have
the same sign, the sign of AG°® depends on the relative magnitudes of the AH° and TAS® terms. In this particular case, the
enthalpy term dominates, indicating that the strength of the bonds formed in the product more than compensates for the
unfavorable AS° term and for the energy needed to break bonds in the reactants.

? Exercise 6.7.1

Calculate the standard free-energy change (AG?) at 25°C for the reaction
2H;(g) + Na(g) = N2 Ha(D).
Is the reaction spontaneous as written at 25°C?
Hint
At 25°C, the standard enthalpy change (AH?) is 50.6 kJ/mol, and the absolute entropies of the products and reactants are

e S°(NyHy) = 121.2 J/(mol*K),
e S°(Ny) = 191.6 J/(mol*K), and
e S°(Hy) = 130.7 J/(mol*K).

Answer
149.5 kJ/mol

no, not spontaneous

Video Solution
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Determining if a Reaction is Spontaneous: [youtu.be]

Tabulated values of standard free energies of formation allow chemists to calculate the values of AG®° for a wide variety of
chemical reactions rather than having to measure them in the laboratory. The standard free energy of formation (AGj)of a
compound is the change in free energy that occurs when 1 mol of a substance in its standard state is formed from the component
elements in their standard states. By definition, the standard free energy of formation of an element in its standard state is zero at
298.15 K. One mole of Cl, gas at 298.15 K, for example, has AG§ = 0. The standard free energy of formation of a compound can
be calculated from the standard enthalpy of formation (AHf) and the standard entropy of formation (AS°f) using the definition of
free energy:

AGY = AH? —TAS? (6.7.8)

Using standard free energies of formation to calculate the standard free energy of a reaction is analogous to calculating standard
enthalpy changes from standard enthalpies of formation using the familiar “products minus reactants™ rule:

AGY,, = Z mAGY(products) — Z nA%(reactants) (6.7.9)

where m and n are the stoichiometric coefficients of each product and reactant in the balanced chemical equation. A very large
negative AG® indicates a strong tendency for products to form spontaneously from reactants; it does not, however, necessarily
indicate that the reaction will occur rapidly. To make this determination, we need to evaluate the kinetics of the reaction.

X The "Products minus Reactants" Rule

The AG° of a reaction can be calculated from tabulated AG°¢ values ( ) using the “products minus reactants” rule.

v/ Example 6.7.2

Calculate AG® for the reaction of isooctane with oxygen gas to give carbon dioxide and water (described in Example 7). Use
the following data:

¢ AG°®(isooctane) = —353.2 kJ/mol,
e AG°H(CO3y) = —394.4 kJ/mol, and
o AG°¢{(H,0) = —237.1 kJ/mol. Is the reaction spontaneous as written?

Given: balanced chemical equation and values of AG®s for isooctane, CO», and H,O
Asked for: spontaneity of reaction as written
Strategy:

Use the “products minus reactants” rule to obtain AG°x,, remembering that AG®°; for an element in its standard state is zero.
From the calculated value, determine whether the reaction is spontaneous as written.
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Solution
The balanced chemical equation for the reaction is as follows:

CsHis(1) + 2 0;(g) — 8CO03(g) +9H,0(1)

We are given AG°; values for all the products and reactants except O,(g). Because oxygen gas is an element in its standard
state, AG° (O,) is zero. Using the “products minus reactants” rule,

AG" = [8AG2(COg) + 9AG: (H;0)] — [mc;(chls) + %AG;(OZ)]
— [(8 mol)(—394.4 kI /mol) + (9 mol)(—237.1 kJ /mol)]
- [(1 mol)(—353.2 kJ/mol) + (% mol) © kJ/mol)]
— —4935.9 kJ (per mol of CsHig)

Because AG® is a large negative number, there is a strong tendency for the spontaneous formation of products from reactants
(though not necessarily at a rapid rate). Also notice that the magnitude of AG® is largely determined by the AG°; of the stable
products: water and carbon dioxide.

? Exercise 6.7.2

Calculate AG® for the reaction of benzene with hydrogen gas to give cyclohexane using the following data

e AG’¢(benzene) = 124.5 kJ/mol
e AG®¢ (cyclohexane) = 217.3 kJ/mol.

Is the reaction spontaneous as written?

Answer

92.8 kJ; no

Video Solution

Calculating Grxn using Gf: [youtu.be]

Calculated values of AG® are extremely useful in predicting whether a reaction will occur spontaneously if the reactants and
products are mixed under standard conditions. We should note, however, that very few reactions are actually carried out under
standard conditions, and calculated values of AG® may not tell us whether a given reaction will occur spontaneously under
nonstandard conditions. What determines whether a reaction will occur spontaneously is the free-energy change (AG) under the
actual experimental conditions, which are usually different from AG®. If the AH and TAS terms for a reaction have the same sign,
for example, then it may be possible to reverse the sign of AG by changing the temperature, thereby converting a reaction that is
not thermodynamically spontaneous, having Keq < 1, to one that is, having a Keq > 1, or vice versa. Because AH and AS usually do
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not vary greatly with temperature in the absence of a phase change, we can use tabulated values of AH® and AS° to calculate AG® at
various temperatures, as long as no phase change occurs over the temperature range being considered.

I In the absence of a phase change, neither AH nor AS vary greatly with temperature.

v/ Example 6.7.3

Calculate (a) AG® and (b) AG3ggec for the reaction Ny(g)+3Hy(g)=2NHj3(g), assuming that AH and AS do not change between
25°C and 300°C. Use these data:

o S°(N) = 191.6 J/(mol*K),

o S°(H,) = 130.7 J/(mol*K),

e S°(NH3) = 192.8 J/(mol*K), and
e AH°; (NH3) = —45.9 kJ/mol.

Given: balanced chemical equation, temperatures, S° values, and AH’¢ for NH3
Asked for: AG° and AG at 300°C
Strategy:

A. Convert each temperature to kelvins. Then calculate AS® for the reaction. Calculate AH® for the reaction, recalling that
AH"¢ for any element in its standard state is zero.

B. Substitute the appropriate values into Equation 6.7.7 to obtain AG® for the reaction.

C. Assuming that AH and AS are independent of temperature, substitute values into Equation 6.7.2 to obtain AG for the
reaction at 300°C.

Solution

A To calculate AG® for the reaction using Equation 6.7.7, we must know the temperature as well as the values of AS° and AH®.
At standard conditions, the temperature is 25°C, or 298 K. We can calculate AS® for the reaction from the absolute molar
entropy values given for the reactants and the products using the “products minus reactants” rule:

AS;. = 25°(NH3) — [S°(Ng) + 35°(Hs)]
= [2 mol NHj x 192.8 J/(mol - K)]
— {[1 mol N2 x 191.6 J/(mol - K)] + [3 mol Hz x 130.7 J/(mol - K)]}
= —198.1 J/K (per mole of N,) (6.7.10)

We can also calculate AH® for the reaction using the “products minus reactants” rule. The value of AH¢ (NH3) is given, and
AH°¢ is zero for both Ny and Hy:

AHy, = 2AH; (NHs) — [AH; (N;) + 3AH (Hy)]
= [2 x (—45.9 kJ/mol)] — [(1 x 0 kJ/mol) + (3 x 0 kJ/mol)]
= —91.8 kJ(per mole of N,)

B Inserting the appropriate values into Equation 6.7.7

AG:, = AH® —TAS® = (—91.8 kJ) — (298 K)(—198.1 J/K)(1 kJ/1000 J)
= —32.7 kJ (per mole of N,)
C To calculate AG for this reaction at 300°C, we assume that AH and AS are independent of temperature (i.e., AH3q00c = H®
and AS3gg0c = AS®) and insert the appropriate temperature (573 K) into Equation 6.7.2:

AG300:¢c = AHzppec — (573 K)(AS300:c)
— AH® — (573 K)AS®
= (—91.8 kJ) — (573 K)(—198.1 J/K)(1 kJ/1000 J)
= 21.7 kJ (per mole of N,)

In this example, changing the temperature has a major effect on the thermodynamic spontaneity of the reaction. Under standard
conditions, the reaction of nitrogen and hydrogen gas to produce ammonia is thermodynamically spontaneous, but in practice,
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it is too slow to be useful industrially. Increasing the temperature in an attempt to make this reaction occur more rapidly also
changes the thermodynamics by causing the —TAS® term to dominate, and the reaction is no longer spontaneous at high
temperatures; that is, its Keq is less than one. This is a classic example of the conflict encountered in real systems between
thermodynamics and kinetics, which is often unavoidable.

? Exercise 6.7.3

Calculate

a. AG° and
b. AGrspe¢

for the following reaction
2NO(g) + O2(g) = 2NO;(g)

which is important in the formation of urban smog. Assume that AH and AS do not change between 25.0°C and 750°C and use
these data:

e S°(NO) = 210.8 J/(mol*K),

e S°(0,) = 205.2 J/(mol*K),

e S°(NO,) = 240.1 J/(mol*K),

e AH’{(NO,) = 33.2 kJ/mol, and

e AH’;(NO) = 91.3 kJ/mol.

Answer a
—72.5 kJ/mol of O,
Answer b

33.8 kJ/mol of O,

The effect of temperature on the spontaneity of a reaction, which is an important factor in the design of an experiment or an
industrial process, depends on the sign and magnitude of both AH® and AS°. The temperature at which a given reaction is at
equilibrium can be calculated by setting AG® = 0 in Equation 6.7.7, as illustrated in Example 6.7.4.

v/ Example 6.7.4

As you saw in Example 6.7.3, the reaction of nitrogen and hydrogen gas to produce ammonia is one in which AH® and AS° are
both negative. Such reactions are predicted to be thermodynamically spontaneous at low temperatures but nonspontaneous at
high temperatures. Use the data in Example 9.5.3 to calculate the temperature at which this reaction changes from spontaneous
to nonspontaneous, assuming that AH® and AS® are independent of temperature.

Given: AH® and AS°

Asked for: temperature at which reaction changes from spontaneous to nonspontaneous

Strategy:

Set AG® equal to zero in Equation 6.7.7 and solve for T, the temperature at which the reaction becomes nonspontaneous.
Solution

In Example 6.7.3, we calculated that AH® is —91.8 kJ/mol of N> and AS° is —198.1 J/K per mole of Ny, corresponding to AG® =
—32.7 kJ/mol of Ny at 25°C. Thus the reaction is indeed spontaneous at low temperatures, as expected based on the signs of

AH° and AS°. The temperature at which the reaction becomes nonspontaneous is found by setting AG®° equal to zero and
rearranging Equation 6.7.7 to solve for T:
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AG°=AH®—-TAS* =0

AH® = TAS®
_ AH° _ (—91.8kJ)(1000 J/kJ)
T=7%s = —198.1 J/JK =463 K

This is a case in which a chemical engineer is severely limited by thermodynamics. Any attempt to increase the rate of reaction
of nitrogen with hydrogen by increasing the temperature will cause reactants to be favored over products above 463 K.

? Exercise 6.7.4

As you found in the exercise in Example 6.7.3, AH® and AS® are both negative for the reaction of nitric oxide and oxygen to
form nitrogen dioxide. Use those data to calculate the temperature at which this reaction changes from spontaneous to
nonspontaneous.

Answer

792.6 K

Video Solution

Summary

e The change in Gibbs free energy, which is based solely on changes in state functions, is the criterion for predicting the
spontaneity of a reaction.

o Free-energy change:

AG =AH —-TAS
o Standard free-energy change:
AG°= AH°—TAS°

We can predict whether a reaction will occur spontaneously by combining the entropy, enthalpy, and temperature of a system in a
new state function called Gibbs free energy (G). The change in free energy (AG) is the difference between the heat released during
a process and the heat released for the same process occurring in a reversible manner. If a system is at equilibrium, AG = 0. If the
process is spontaneous, AG < 0. If the process is not spontaneous as written but is spontaneous in the reverse direction, AG > 0. At
constant temperature and pressure, AG is equal to the maximum amount of work a system can perform on its surroundings while
undergoing a spontaneous change. The standard free-energy change (AG®) is the change in free energy when one substance or a set
of substances in their standard states is converted to one or more other substances, also in their standard states. The standard free
energy of formation (AG°y), is the change in free energy that occurs when 1 mol of a substance in its standard state is formed from
the component elements in their standard states. Tabulated values of standard free energies of formation are used to calculate AG®
for a reaction.

6.7: Gibbs Energy Changes in Chemical Reactions is shared under a not declared license and was authored, remixed, and/or curated by
LibreTexts.

e 19.5: Gibbs Free Energy is licensed CC BY-NC-SA 3.0.
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6.8: Gibbs Energy Changers for Non-Standard States

4b Learning Objectives

o To know the relationship between free energy and the equilibrium constant.

We have identified three criteria for whether a given reaction will occur spontaneously:

1 ASum"u > 0;
2. AG,ys < 0 (applicable under constant temperature and constant pressure conditions), and
3. the relative magnitude of the reaction quotient @ versus the equilibrium constant K.

Recall that if @ < K, then the reaction proceeds spontaneously to the right as written, resulting in the net conversion of reactants to
products. Conversely, if @ > K, then the reaction proceeds spontaneously to the left as written, resulting in the net conversion of
products to reactants. If @ = K, then the system is at equilibrium, and no net reaction occurs. Table 6.8.1 summarizes these criteria
and their relative values for spontaneous, nonspontaneous, and equilibrium processes.

Table 6.8.1: Criteria for the Spontaneity of a Process as Written

Spontaneous Equilibrium Nonspontaneous™
ASypiy > 0 ASypiy =0 ASypiy <0
AGgys <0 AGgys =0 AGgys >0

Q<K Q=K Q>K

*Spontaneous in the reverse direction.

Because all three criteria are assessing the same thing—the spontaneity of the process—it would be most surprising indeed if they
were not related. In this section, we explore the relationship between the standard free energy of reaction (AG°) and the equilibrium
constant (K).

Free Energy and the Equilibrium Constant

Because AH® and AS° determine the magnitude and sign of AG° and also because K is a measure of the ratio of the concentrations
of products to the concentrations of reactants, we should be able to express K in terms of AG° and vice versa. "Free Energy”, AG is
equal to the maximum amount of work a system can perform on its surroundings while undergoing a spontaneous change. For a
reversible process that does not involve external work, we can express the change in free energy in terms of volume, pressure,
entropy, and temperature, thereby eliminating AH from the equation for AG. The general relationship can be shown as follows
(derivation not shown):

AG =VAP - SAT (6.8.1)
If a reaction is carried out at constant temperature (AT = 0), then Equation 6.8.1 simplifies to
AG = VAP (6.8.2)

Under normal conditions, the pressure dependence of free energy is not important for solids and liquids because of their small
molar volumes. For reactions that involve gases, however, the effect of pressure on free energy is very important.

Assuming ideal gas behavior, we can replace the V in Equation 6.8.2 by nRT/P (where n is the number of moles of gas and R is the
ideal gas constant) and express AG in terms of the initial and final pressures (P; and Py, respectively):

AG = (%) AP (6.8.3)
AP
— nRTIn ( A ) (6.8.5)
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If the initial state is the standard state with P; = 1 atm, then the change in free energy of a substance when going from the standard
state to any other state with a pressure P can be written as follows:

G—G°=nRTlhP
This can be rearranged as follows:
G=G°+nRTInP (6.8.6)

As you will soon discover, Equation 6.8.6 allows us to relate AG° and K,. Any relationship that is true for K, must also be true for
K because K, and K are simply different ways of expressing the equilibrium constant using different units.

Let’s consider the following hypothetical reaction, in which all the reactants and the products are ideal gases and the lowercase
letters correspond to the stoichiometric coefficients for the various species:

aA+bB = cC+dD (6.8.7)

Because the free-energy change for a reaction is the difference between the sum of the free energies of the products and the
reactants, we can write the following expression for AG:

AG = Z G products — Z G reactants (6.8.8)
= (cG¢ + dGp) — (aG4 + bGB) (6.8.9)
Substituting Equation 6.8.6 for each term into Equation 6.8.9,
AG = [(¢Gg + cRTIn P¢) + (dG} + dRT In Pp)] — [(aGY + aRT In Py) + (bG% + bRT In Pp))

Combining terms gives the following relationship between AG and the reaction quotient Q:

A PSP§
AG =AG" + RTIn (6.8.10)
PP

=AG°+ RTInQ (6.8.11)
where AG° indicates that all reactants and products are in their standard states. For gases at equilibrium (Q = K,), and as you’ve
learned in this chapter, AG = 0 for a system at equilibrium. Therefore, we can describe the relationship between AG° and K, for
gases as follows:

0=AG°+RThK, (6.8.12)
AG° = —RTh K, (6.8.13)
If the products and reactants are in their standard states and AG° < 0, then K, > 1, and products are favored over reactants when the

reaction is at equilibrium. Conversely, if AG® >0, then K, < 1, and reactants are favored over products when the reaction is at
equilibrium. If AG° = 0, then K, = 1, and neither reactants nor products are favored when the reaction is at equilibrium.

I For a spontaneous process under standard conditions, K., and K, are greater than 1.

v/ Example 6.8.1

AG° is —32.7 kJ/mol of N, for the reaction
N3 (g) + 3Hz(g) = 2NH3(g)

This calculation was for the reaction under standard conditions—that is, with all gases present at a partial pressure of 1 atm and
a temperature of 25°C. Calculate AG for the same reaction under the following nonstandard conditions:

e Py, =2.00 atm,

e Py, =7.00 atm,

e Pym, = 0.021 atm, and
e T =100°C.

Does the reaction proceed to the right, as written, or to the left to reach equilibrium?
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Given: balanced chemical equation, partial pressure of each species, temperature, and AG®
Asked for: whether the reaction proceeds to the right or to the left to reach equilibrium
Strategy:

A. Using the values given and Equation 6.8.11, calculate Q.
B. Determine if Q is >, <, or =to K
C. Substitute the values of AG° and @ into Equation 6.8.11 to obtain AG for the reaction under nonstandard conditions.

Solution:
A The relationship between AG° and AG under nonstandard conditions is given in Equation 6.8.11. Substituting the partial

pressures given, we can calculate Q:

DR
PN2PI§2

_ (0.021)?

~ (2.00)(7.00)3

Q

=6.4x10""

B Because AG? is —, K must be a number greater than 1
C Substituting the values of AG° and @) into Equation 6.8.11,

AG=AG"+RThQ
1kJ
1000 J

=—-327kJ+ [(8.314 J/K)(373 K) ( ) In(6.4 x 10—7)]

= —32.7kJ + (—44 kJ)
= —T77 kJ/mol of N,

Because AG < 0 and @ < K (because @ < 1), the reaction proceeds spontaneously to the right, as written, in order to reach
equilibrium.

? Exercise 6.8.1

Calculate AG for the reaction of nitric oxide with oxygen to give nitrogen dioxide under these conditions: T = 50°C, Pno =
0.0100 atm, Po, = 0.200 atm, and Pyo, = 1.00 x 10 *atm. The value of AG® for this reaction is —72.5 kJ/mol of O,. Are
products or reactants favored?

Answer

—92.9 kJ/mol of 0,; the reaction is spontaneous to the right as written. The reaction will proceed in the forward direction to
reach equilibrium.

v/ Example 6.8.2

Calculate K, for the reaction of H, with N, to give NH; at 25°C. AG® for this reaction is —32.7 kJ/mol of Ny.
Given: balanced chemical equation from Example 6.8.1, AG°, and temperature

Asked for: K,

Strategy:

Substitute values for AG° and T (in kelvin) into Equation 6.8.13 to calculate K, the equilibrium constant for the formation of
ammonia.

Solution
In Example 6.8.1, we used tabulated values of AG°¢ to calculate AG® for this reaction (—32.7 kJ/mol of Njy). For equilibrium
conditions, rearranging Equation 6.8.13,
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AG" = —RThK,
—NEP

=K,

Inserting the value of AG? and the temperature (25°C = 298 K) into this equation,

(—32.7 kJ)(1000 J/kJ)
(8.314 J/K)(298 K)

K, =5.4x 10°

=13.2

InK, =—

Thus the equilibrium constant for the formation of ammonia at room temperature is product-favored. However, the rate at
which the reaction occurs at room temperature is too slow to be useful.

? Exercise 6.8.3

Calculate K|, for the reaction of NO with O; to give NO, at 25°C. AG” for this reaction is —70.5 kJ/mol of Ox.

Answer

2.3 x 1012

Although K, is defined in terms of the partial pressures of the reactants and the products, the equilibrium constant K is defined in
terms of the concentrations of the reactants and the products. The numerical magnitude of K, and K are related:

K, = K(RT)A" (6.8.14)

where An is the number of moles of gaseous product minus the number of moles of gaseous reactant. For reactions that involve
only solutions, liquids, and solids, An = 0, so K, = K. For all reactions that do not involve a change in the number of moles of gas
present, the relationship in Equation 6.8.13 can be written in a more general form:

AG°= —RThh K (6.8.15)

Only when a reaction results in a net production or consumption of gases is it necessary to correct Equation 6.8.15 for the difference
between K, and K.

X Non-ldeal Behavior

Although we typically use concentrations or pressures in our equilibrium calculations, recall that equilibrium constants are
generally expressed as unitless numbers because of the use of activities or fugacities in precise thermodynamic work. Systems
that contain gases at high pressures or concentrated solutions that deviate substantially from ideal behavior require the use of
fugacities or activities, respectively.

Combining Equation 6.8.15 with AG° = AH® — TAS° provides insight into how the components of AG° influence the magnitude of
the equilibrium constant:

AG® = AH*-TAS® (6.8.16)
= —RThK (6.8.17)

Notice that K becomes larger as A§° becomes more positive, indicating that the magnitude of the equilibrium constant is directly
influenced by the tendency of a system to move toward maximum disorder. Moreover, K increases as AH° decreases. Thus the
magnitude of the equilibrium constant is also directly influenced by the tendency of a system to seek the lowest energy state
possible.

The magnitude of the equilibrium constant is directly influenced by the tendency of a
system to move toward maximum entropy and seek the lowest energy state possible.
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Relating Grxn and Kp: [youtu.be]

Temperature Dependence of the Equilibrium Constant

The fact that AG° and K are related provides us with another explanation of why equilibrium constants are temperature dependent.
This relationship is shown explicitly in Equation 6.8.17, which can be rearranged as follows:
AH®  AS°

RT+R

InK=— (6.8.18)

Assuming AH° and AS° are temperature independent, for an exothermic reaction (AH® < 0), the magnitude of K decreases with
increasing temperature, whereas for an endothermic reaction (AH® > 0), the magnitude of K increases with increasing temperature.
The quantitative relationship expressed in Equation 6.8.18 agrees with the qualitative predictions made by applying Le Chatelier’s
principle. Because heat is produced in an exothermic reaction, adding heat (by increasing the temperature) will shift the equilibrium
to the left, favoring the reactants and decreasing the magnitude of K. Conversely, because heat is consumed in an endothermic
reaction, adding heat will shift the equilibrium to the right, favoring the products and increasing the magnitude of K. Equation
6.8.18 also shows that the magnitude of AH® dictates how rapidly K changes as a function of temperature. In contrast, the
magnitude and sign of AS° affect the magnitude of K but not its temperature dependence.

If we know the value of K at a given temperature and the value of AH?® for a reaction, we can estimate the value of K at any other
temperature, even in the absence of information on A§°. Suppose, for example, that K; and K, are the equilibrium constants for a
reaction at temperatures T; and T3, respectively. Applying Equation 6.8.18 gives the following relationship at each temperature:

—AH® AS°
hE =2 TR
and
—AH® AS°
ang = R—T'z + R

Subtracting In K; from In Ky,

Kg_AH"(l 1)
T T

ang—an1=lnF1 =z (6.8.19)
Thus calculating AH° from tabulated enthalpies of formation and measuring the equilibrium constant at one temperature (Ki)
allow us to calculate the value of the equilibrium constant at any other temperature (K3), assuming that AH® and AS° are

independent of temperature.

v/ Example 6.8.4

The equilibrium constant for the formation of NH; from Hp and N at 25°C was calculated to be K, = 5.4 x 10° in Example
6.8.3. What is K, at 500°C? (Use the data from Example 6.8.1.)
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Given: balanced chemical equation, AH°°, initial and final T, and K,, at 25°C
Asked for: K, at 500°C
Strategy:

Convert the initial and final temperatures to kelvin. Then substitute appropriate values into Equation 6.8.19 to obtain K, the
equilibrium constant at the final temperature.

Solution:

The value of AH® for the reaction obtained using Hess’s law is —91.8 kJ/mol of N,. If we set T; = 25°C = 298.K and T, =
500°C = 773 K, then from Equation 6.8.19 we obtain the following:

K _ AH (1 1)

K. R \Ty T
_ (—91.8 kJ)(1000 J/kJ) ( 11 ) i
B 8.314 J/K 208K 73K/ 7

K, o
A2 _13%x10
79 %

Ky = (5.4 x 10%)(1.3 x 10719) = 7.0 x 107°

Thus at 500°C, the equilibrium strongly favors the reactants over the products.

? Exercise 6.8.4

In the exercise in Example 6.8.3, you calculated K, = 2.2 x 10'2 for the reaction of NO with O to give NO, at 25°C. Use the
AH? values in the exercise in Example 6.8.1 to calculate K, for this reaction at 1000°C.

Answer

5.6 x 1074

The Van't Hoff Equation: [youtu.be]

Summary

For a reversible process that does not involve external work, we can express the change in free energy in terms of volume, pressure,
entropy, and temperature. If we assume ideal gas behavior, the ideal gas law allows us to express AG in terms of the partial
pressures of the reactants and products, which gives us a relationship between AG and K, the equilibrium constant of a reaction

involving gases, or K, the equilibrium constant expressed in terms of concentrations. If AG° < 0, then K > 1, and products are
favored over reactants at equilibrium. Conversely, if AG° > 0, then K < 1, and reactants are favored over products at equilibrium. If
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AG° = 0, then K=1, and neither reactants nor products are favored at equilibrium. We can use the measured equilibrium constant K
at one temperature and AH® to estimate the equilibrium constant for a reaction at any other temperature.

Contributors and Attributions
e Mike Blaber (Florida State University)

e Modified by Tom Neils (Grand Rapids Community College)
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6.9: Gibbs Energy and Equilibrium

4b Learning Objectives

o To know the relationship between free energy and the equilibrium constant.

We have identified three criteria for whether a given reaction will occur spontaneously:

1 ASum"u > 0;
2. AG,ys < 0 (applicable under constant temperature and constant pressure conditions), and
3. the relative magnitude of the reaction quotient @ versus the equilibrium constant K.

Recall that if @ < K, then the reaction proceeds spontaneously to the right as written, resulting in the net conversion of reactants to
products. Conversely, if @ > K, then the reaction proceeds spontaneously to the left as written, resulting in the net conversion of
products to reactants. If @ = K, then the system is at equilibrium, and no net reaction occurs. Table 6.9.1 summarizes these criteria
and their relative values for spontaneous, nonspontaneous, and equilibrium processes.

Table 6.9.1: Criteria for the Spontaneity of a Process as Written

Spontaneous Equilibrium Nonspontaneous™
ASypiy > 0 ASypiy =0 ASypiy <0
AGgys <0 AGgys =0 AGgys >0

Q<K Q=K Q>K

*Spontaneous in the reverse direction.

Because all three criteria are assessing the same thing—the spontaneity of the process—it would be most surprising indeed if they
were not related. In this section, we explore the relationship between the standard free energy of reaction (AG°) and the equilibrium
constant (K).

Free Energy and the Equilibrium Constant

Because AH® and AS° determine the magnitude and sign of AG° and also because K is a measure of the ratio of the concentrations
of products to the concentrations of reactants, we should be able to express K in terms of AG° and vice versa. "Free Energy”, AG is
equal to the maximum amount of work a system can perform on its surroundings while undergoing a spontaneous change. For a
reversible process that does not involve external work, we can express the change in free energy in terms of volume, pressure,
entropy, and temperature, thereby eliminating AH from the equation for AG. The general relationship can be shown as follows
(derivation not shown):

AG =VAP - SAT (6.9.1)
If a reaction is carried out at constant temperature (AT = 0), then Equation 6.9.1 simplifies to
AG = VAP (6.9.2)

Under normal conditions, the pressure dependence of free energy is not important for solids and liquids because of their small
molar volumes. For reactions that involve gases, however, the effect of pressure on free energy is very important.

Assuming ideal gas behavior, we can replace the V in Equation 6.9.2 by nRT/P (where n is the number of moles of gas and R is the
ideal gas constant) and express AG in terms of the initial and final pressures (P; and Py, respectively):

AG = (%) AP (6.9.3)
AP
— nRTIn ( A ) (6.9.5)
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If the initial state is the standard state with P; = 1 atm, then the change in free energy of a substance when going from the standard
state to any other state with a pressure P can be written as follows:

G—G°=nRTlhP
This can be rearranged as follows:
G=G°+nRTInP (6.9.6)

As you will soon discover, Equation 6.9.6 allows us to relate AG° and K,. Any relationship that is true for K, must also be true for
K because K, and K are simply different ways of expressing the equilibrium constant using different units.

Let’s consider the following hypothetical reaction, in which all the reactants and the products are ideal gases and the lowercase
letters correspond to the stoichiometric coefficients for the various species:

aA+bB = cC+dD (6.9.7)

Because the free-energy change for a reaction is the difference between the sum of the free energies of the products and the
reactants, we can write the following expression for AG:

AG = Z G products — Z G reactants (6.9.8)
= (cG¢ + dGp) — (aG4 + bGB) (6.9.9)
Substituting Equation 6.9.6 for each term into Equation 6.9.9,
AG = [(¢Gg + cRTIn P¢) + (dG} + dRT In Pp)] — [(aGY + aRT In Py) + (bG% + bRT In Pp))

Combining terms gives the following relationship between AG and the reaction quotient Q:

A PSP§
AG =AG" + RTIn (6.9.10)
PP

=AG°+ RTInQ (6.9.11)
where AG° indicates that all reactants and products are in their standard states. For gases at equilibrium (Q = K,), and as you’ve
learned in this chapter, AG = 0 for a system at equilibrium. Therefore, we can describe the relationship between AG° and K, for
gases as follows:

0=AG°+RThK, (6.9.12)
AG° = —RTh K, (6.9.13)
If the products and reactants are in their standard states and AG° < 0, then K, > 1, and products are favored over reactants when the

reaction is at equilibrium. Conversely, if AG® >0, then K, < 1, and reactants are favored over products when the reaction is at
equilibrium. If AG° = 0, then K, = 1, and neither reactants nor products are favored when the reaction is at equilibrium.

I For a spontaneous process under standard conditions, K., and K, are greater than 1.

v/ Example 6.9.1

AG° is —32.7 kJ/mol of N, for the reaction
N3 (g) + 3Hz(g) = 2NH3(g)

This calculation was for the reaction under standard conditions—that is, with all gases present at a partial pressure of 1 atm and
a temperature of 25°C. Calculate AG for the same reaction under the following nonstandard conditions:

e Py, =2.00 atm,

e Py, =7.00 atm,

e Pym, = 0.021 atm, and
e T =100°C.

Does the reaction proceed to the right, as written, or to the left to reach equilibrium?
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Given: balanced chemical equation, partial pressure of each species, temperature, and AG®
Asked for: whether the reaction proceeds to the right or to the left to reach equilibrium
Strategy:

A. Using the values given and Equation 6.9.11, calculate Q.
B. Determine if Q is >, <, or =to K
C. Substitute the values of AG° and @ into Equation 6.9.11 to obtain AG for the reaction under nonstandard conditions.

Solution:
A The relationship between AG° and AG under nonstandard conditions is given in Equation 6.9.11. Substituting the partial

pressures given, we can calculate Q:

DR
PN2PI§2

_ (0.021)?

~ (2.00)(7.00)3

Q

=6.4x10""

B Because AG? is —, K must be a number greater than 1
C Substituting the values of AG° and @ into Equation 6.9.11,

AG=AG"+RThQ
1kJ
1000 J

=—-327kJ+ [(8.314 J/K)(373 K) ( ) In(6.4 x 10—7)]

= —32.7kJ + (—44 kJ)
= —T77 kJ/mol of N,

Because AG < 0 and @ < K (because @ < 1), the reaction proceeds spontaneously to the right, as written, in order to reach
equilibrium.

? Exercise 6.9.1

Calculate AG for the reaction of nitric oxide with oxygen to give nitrogen dioxide under these conditions: T = 50°C, Pno =
0.0100 atm, Po, = 0.200 atm, and Pyo, = 1.00 x 10 *atm. The value of AG® for this reaction is —72.5 kJ/mol of O,. Are
products or reactants favored?

Answer

—92.9 kJ/mol of 0,; the reaction is spontaneous to the right as written. The reaction will proceed in the forward direction to
reach equilibrium.

v/ Example 6.9.2

Calculate K, for the reaction of H, with N, to give NH; at 25°C. AG® for this reaction is —32.7 kJ/mol of Ny.
Given: balanced chemical equation from Example 6.9.1, AG®°, and temperature

Asked for: K,

Strategy:

Substitute values for AG° and T (in kelvin) into Equation 6.9.13 to calculate K, the equilibrium constant for the formation of
ammonia.

Solution
In Example 6.9.1, we used tabulated values of AG°¢ to calculate AG® for this reaction (—32.7 kJ/mol of Njy). For equilibrium
conditions, rearranging Equation 6.9.13,

@ https://chem.libretexts.org/@go/page/207343


https://libretexts.org/
https://chem.libretexts.org/@go/page/207343?pdf

LibreTexts"

AG" = —RThK,
—NEP

=K,

Inserting the value of AG? and the temperature (25°C = 298 K) into this equation,

(—32.7 kJ)(1000 J/kJ)
(8.314 J/K)(298 K)

K, =5.4x 10°

=13.2

InK, =—

Thus the equilibrium constant for the formation of ammonia at room temperature is product-favored. However, the rate at
which the reaction occurs at room temperature is too slow to be useful.

? Exercise 6.9.3

Calculate K|, for the reaction of NO with O; to give NO, at 25°C. AG” for this reaction is —70.5 kJ/mol of Ox.

Answer

2.3 x 1012

Although K, is defined in terms of the partial pressures of the reactants and the products, the equilibrium constant K is defined in
terms of the concentrations of the reactants and the products. The numerical magnitude of K, and K are related:

K, = K(RT)A" (6.9.14)

where An is the number of moles of gaseous product minus the number of moles of gaseous reactant. For reactions that involve
only solutions, liquids, and solids, An = 0, so K, = K. For all reactions that do not involve a change in the number of moles of gas
present, the relationship in Equation 6.9.13 can be written in a more general form:

AG°= —RThh K (6.9.15)

Only when a reaction results in a net production or consumption of gases is it necessary to correct Equation 6.9.15 for the difference
between K, and K.

X Non-ldeal Behavior

Although we typically use concentrations or pressures in our equilibrium calculations, recall that equilibrium constants are
generally expressed as unitless numbers because of the use of activities or fugacities in precise thermodynamic work. Systems
that contain gases at high pressures or concentrated solutions that deviate substantially from ideal behavior require the use of
fugacities or activities, respectively.

Combining Equation 6.9.15 with AG° = AH® — TAS° provides insight into how the components of AG° influence the magnitude of
the equilibrium constant:

AG® = AH°—TAS° (6.9.16)

=_RThhK (6.9.17)

Notice that K becomes larger as A§° becomes more positive, indicating that the magnitude of the equilibrium constant is directly

influenced by the tendency of a system to move toward maximum disorder. Moreover, K increases as AH° decreases. Thus the

magnitude of the equilibrium constant is also directly influenced by the tendency of a system to seek the lowest energy state
possible.

The magnitude of the equilibrium constant is directly influenced by the tendency of a
system to move toward maximum entropy and seek the lowest energy state possible.
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Relating Grxn and Kp: [youtu.be]

Temperature Dependence of the Equilibrium Constant

The fact that AG° and K are related provides us with another explanation of why equilibrium constants are temperature dependent.
This relationship is shown explicitly in Equation 6.9.17, which can be rearranged as follows:
AH®  AS°

RT+R

InK=— (6.9.18)

Assuming AH° and AS° are temperature independent, for an exothermic reaction (AH® < 0), the magnitude of K decreases with
increasing temperature, whereas for an endothermic reaction (AH® > 0), the magnitude of K increases with increasing temperature.
The quantitative relationship expressed in Equation 6.9.18 agrees with the qualitative predictions made by applying Le Chatelier’s
principle. Because heat is produced in an exothermic reaction, adding heat (by increasing the temperature) will shift the equilibrium
to the left, favoring the reactants and decreasing the magnitude of K. Conversely, because heat is consumed in an endothermic
reaction, adding heat will shift the equilibrium to the right, favoring the products and increasing the magnitude of K. Equation
6.9.18 also shows that the magnitude of AH® dictates how rapidly K changes as a function of temperature. In contrast, the
magnitude and sign of AS° affect the magnitude of K but not its temperature dependence.

If we know the value of K at a given temperature and the value of AH?® for a reaction, we can estimate the value of K at any other
temperature, even in the absence of information on A§°. Suppose, for example, that K; and K, are the equilibrium constants for a
reaction at temperatures T; and Ty, respectively. Applying Equation 6.9.18 gives the following relationship at each temperature:

—AH® AS°
hE =2 TR
and
—AH® AS°
ang = R—T'z + R

Subtracting In K; from In Ky,

Kg_AH"(l 1)
T T

ang—an1=lnF1 =z (6.9.19)
Thus calculating AH° from tabulated enthalpies of formation and measuring the equilibrium constant at one temperature (Ki)
allow us to calculate the value of the equilibrium constant at any other temperature (K3), assuming that AH® and AS° are

independent of temperature.

v/ Example 6.9.4

The equilibrium constant for the formation of NH; from Hp and N at 25°C was calculated to be K, = 5.4 x 10° in Example
6.9.3. What is K, at 500°C? (Use the data from Example 6.9.1.)
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Given: balanced chemical equation, AH°°, initial and final T, and K,, at 25°C
Asked for: K, at 500°C
Strategy:

Convert the initial and final temperatures to kelvin. Then substitute appropriate values into Equation 6.9.19 to obtain K, the
equilibrium constant at the final temperature.

Solution:

The value of AH® for the reaction obtained using Hess’s law is —91.8 kJ/mol of N,. If we set T; = 25°C = 298.K and T, =
500°C = 773 K, then from Equation 6.9.19 we obtain the following:

K _ AH (1 1)

K. R \Ty T
_ (—91.8 kJ)(1000 J/kJ) ( 11 ) i
B 8.314 J/K 208K 73K/ 7

K, o
A2 _13%x10
79 %

Ky = (5.4 x 10%)(1.3 x 10719) = 7.0 x 107°

Thus at 500°C, the equilibrium strongly favors the reactants over the products.

? Exercise 6.9.4

In the exercise in Example 6.9.3, you calculated K, = 2.2 x 10'2 for the reaction of NO with O to give NO, at 25°C. Use the
AH? values in the exercise in Example 6.9.1 to calculate K, for this reaction at 1000°C.

Answer

5.6 x 1074

The Van't Hoff Equation: [youtu.be]

Summary

For a reversible process that does not involve external work, we can express the change in free energy in terms of volume, pressure,
entropy, and temperature. If we assume ideal gas behavior, the ideal gas law allows us to express AG in terms of the partial
pressures of the reactants and products, which gives us a relationship between AG and K, the equilibrium constant of a reaction
involving gases, or K, the equilibrium constant expressed in terms of concentrations. If AG° < 0, then K > 1, and products are
favored over reactants at equilibrium. Conversely, if AG° > 0, then K < 1, and reactants are favored over products at equilibrium. If
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AG° = 0, then K=1, and neither reactants nor products are favored at equilibrium. We can use the measured equilibrium constant K
at one temperature and AH® to estimate the equilibrium constant for a reaction at any other temperature.

Contributors and Attributions
e Mike Blaber (Florida State University)

e Modified by Tom Neils (Grand Rapids Community College)
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CHAPTER OVERVIEW

Unit 7: Organic Chemistry Preview
Unit 7 Objectives

By the end of this unit, you will be able to:

o Define organic compounds
o Explain why organic chemistry is important to life
o Identify the difference between a hydrocarbon and heteroatom
e Draw organic molecules using structural formulas, condensed structural formulas, carbon skeleton formulas
o Define and identify and draw constitutional isomers and geometric isomers and optical isomers
o Identify and draw examples of common organic functional grounds
o Name simple alkanes, alkenes and alkynes
7.1: Introduction to Organic Molecules
7.2: Representing Organic Compounds
7.3: Isomers
7.4: Alkanes- Saturated Hydrocarbons
7.5: Alkenes and Alkynes

7.6: Functional Groups

Unit 7: Organic Chemistry Preview is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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7.1: Introduction to Organic Molecules

It's a hot August evening at a park in the middle of North Hudson, Wisconsin, a village of just under 4000 people on the St. Croix
river in the western edge of the state. A line of people are seated at tables set up inside a canvas tent. In front of a cheering crowd of
friends, family, and neighbors, these brave souls are about to do battle . . .with a fruit plate.

Unfortunately for the contestants, the fruit in question is the habanero, one of the hotter varieties of chili pepper commonly found
in markets in North America. In this particular event, teams of five people will race to be the first to eat a full pound of peppers. As
the eating begins, all seems well at first. Within thirty seconds, though, what begins to happen is completely predictable and
understandable to anyone who has ever mistakenly poured a little to much hot sauce on the dinner plate. Faces turn red, sweat and
tears begin to flow, and a copious amount of cold water is gulped down.

Although technically the contestants are competing against each other, the real opponent in this contest - the cause of all the pain
and suffering - is the chemical compound 'capsaicin’, the source of the heat in hot chili peppers.

H H
Hoo oG R H G HHH
/ \
\o—c\\ S—G~N—C—C—C—C—C—C=C—C—CHy
C—C H H HHH H CH,
HsC—0 H

capsaicin

Composed of the four elements carbon, hydrogen, oxygen and nitrogen, capsaicin is produced by the pepper plant for the purpose
of warding off hungry mammals. The molecule binds to and activates a mammalian receptor protein called TrpV1, which in normal
circumstances has the job of detecting high temperatures and sending a signal to the brain - 'it's hot, stay away!' This strategy works
quite well on all mammalian species except one: we humans (some of us, at least) appear to be alone in our tendency to actually
seek out the burn of the hot pepper in our food.

Interestingly, birds also have a heat receptor protein which is very similar to the TrpV1 receptor in mammals, but birds are not at all
sensitive to capsaicin. There is an evolutionary logic to this: it is to the pepper's advantage to be eaten by a bird rather than a
mammal, because a bird can spread the pepper seeds over a much wider area. The region of the receptor which is responsible for
capsaicin sensitivity appears to be quite specific - in 2002, scientists were able to insert a small segment of the (capsaicin-sensitive)
rat TrpV1 receptor gene into the non-sensitive chicken version of the gene, and the resulting chimeric (mixed species) receptor was
sensitive to capsaicin (Cell 2002, 108, 421).

Back at the North Hudson Pepperfest, those with a little more common sense are foregoing the painful effects of capsaicin overload
and are instead indulging in more pleasant chemical phenomena. A little girl enjoying an ice cream cone is responding in part to the
chemical action of another organic compound called vanillin.
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vanillin

What is it about capsaicin and vanillin that causes these two compounds to have such dramatically different effects on our sensory
perceptions? Both are produced by plants, and both are composed of the elements carbon, hydrogen, oxygen, and (in the case of
capsaicin) nitrogen. Since the birth of chemistry as a science, chemists have been fascinated - and for much of that history,
mystified - by the myriad properties of compounds that come from living things. The term 'organic', from the Greek organikos, was
applied to these compounds, and it was thought that they contained some kind of 'vital force' which set them apart from 'inorganic’'
compounds such as minerals, salts, and metals, and which allowed them to operate by a completely different set of chemical
principles. How else but through the action of a 'vital force' could such a small subgroup of the elements combine to form
compounds with so many different properties?

Today, as you are probably already aware, the term 'organic,' - when applied to chemistry - refers not just to molecules from living
things, but to all compounds containing the element carbon, regardless of origin. Beginning early in the 19th century, as chemists
learned through careful experimentation about the composition and properties of 'organic' compounds such as fatty acids, acetic
acid and urea, and even figured out how to synthesize some of them starting with exclusively 'inorganic' components, they began to
realize that the 'vital force' concept was not valid, and that the properties of both organic and inorganic molecules could in fact be
understood using the same fundamental chemical principles.

They also began to more fully appreciate the unique features of the element carbon which makes it so central to the chemistry of
living things, to the extent that it warrants its own subfield of chemistry. Carbon forms four stable bonds, either to other carbon
atoms or to hydrogen, oxygen, nitrogen, sulfur, phosphorus, or a halogen. The characteristic bonding modes of carbon allow it to
serve as a skeleton, or framework, for building large, complex molecules that incorporate chains, branches and ring structures.

Although 'organic chemistry' no longer means exclusively the study of compounds from living things, it is nonetheless the desire to
understand and influence the chemistry of life that drives much of the work of organic chemists, whether the goal is to learn
something fundamentally new about the reactivity of a carbon-oxygen bond, to discover a new laboratory method that could be
used to synthesize a life-saving drug, or to better understand the intricate chemical dance that goes on in the active site of an
enzyme or receptor protein. Although humans have been eating hot peppers and vanilla-flavored foods for centuries, we are just
now, in the past few decades, beginning to understand how and why one causes searing pain, and the other pure gustatory pleasure.
We understand that the precise geometric arrangement of the four elements in capsaicin allows it to fit inside the binding pocket of
the TrpV1 heat receptor - but, as of today, we do not yet have a detailed three dimensional picture of the TrpVI protein bound to
capsaicin. We also know that the different arrangement of carbon, hydrogen and oxygen atoms in vanillin allows it to bind to
specific olfactory receptors, but again, there is much yet to be discovered about exactly how this happens.
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Attributions: The material for this page was adapted from:

e 1.1: Prelude to Atoms, Electron Configurations, and Lewis Structures from Soderberg, Timothy, "Organic Chemistry with a
Biological Emphasis Volume I" (2019). Chemistry Publications. 1. Textbook content licensed under the Creative Commons
Attribution NonCommercial-Sharealike 4.0 license. Download for free
at: https://digitalcommons.morris.umn.edu/chem_facpubs/1

e Hydrocarbon Power Crash Course Chemistry #40 URL: https://www.youtube.com/watch?v=Ulolw7dhnlQ

7.1: Introduction to Organic Molecules is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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7.2: Representing Organic Compounds

Hydrocarbons and Heteroatoms

An organic compound is one in which one or more atoms of carbon are covlanently linked to other carbon atoms and/or linked to
atoms of other elements (most commonly, hydrogen, oxygen and nitrogen). Carbon is special because it forms four bonds, has the
capacity to form double and triple bonds and has a tendency to catenate, meaning it forms bonds with atoms of the same
element. Organic molecules are primarily composed of carbon and hydrogens. In fact, some organic molecules only contain
carbons and hydrogens: hydrocarbons are a common class of organic molecules that contain only carbon and hydrogen atoms,
examples of hydrocarbons are alkanes, alkenes and alkynes. Non-carbon and hydrogen atoms are less common in organic
compounds, and we give these atoms a special name: heteroatoms. A heteroatom is an atom that is not carbon or hydrogen.

Common bonding patterns in organic structures

The methods reviewed above for drawing Lewis structures and determining formal charges on atoms are an essential starting point
for a novice organic chemist, and work quite will when dealing with small, simple structures. But as you can imagine, these
methods become unreasonably tedious and time-consuming when you start dealing with larger structures. It would be unrealistic,
for example, to ask you to draw the Lewis structure below (of one of the four nucleoside building blocks that make up DNA) and
determine all formal charges by adding up, on an atom-by-atom basis, the valence electrons.

H H

2-deoxyeytidine

And yet, as organic chemists, and especially as organic chemists dealing with biological molecules, you will be expected soon to
draw the structure of large molecules such as this on a regular basis. Clearly, you need to develop the ability to quickly and
efficiently draw large structures and determine formal charges. Fortunately, this ability is not terribly hard to come by - all it takes
is a few shortcuts and some practice at recognizing common bonding patterns.

Let’s start with carbon, the most important element for organic chemists. Carbon is said to be tetravalent, meaning that it tends to
form four bonds. If you look at the simple structures of methane, methanol, ethane, ethene, and ethyne in the figures from the
previous section, you should quickly recognize that in each molecule, the carbon atom has four bonds, and a formal charge of zero.

—C—  or C= or —C=
s

carbon wsually
has 4 bonds

This is a pattern that holds throughout most of the organic molecules we will see, but there are also exceptions.

In carbon dioxide, the carbon atom has double bonds to oxygen on both sides (O=C=0). Later on in this chapter and throughout
this book we will see examples of organic ions called ‘carbocations’ and carbanions’, in which a carbon atom bears a positive or
negative formal charge, respectively. If a carbon has only three bonds and an unfilled valence shell (in other words, if it does not
fulfill the octet rule), it will have a positive formal charge.

—c— —G— —¢—
] =]
3 bonds, no lone pair: 3 bonds + lone pair: 3 bonds + unpaired clectron:
carbocation carbanion carbon radical
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If, on the other hand, it has three bonds plus a lone pair of electrons, it will have a formal charge of -1. Another possibility is a
carbon with three bonds and a single, unpaired (free radical) electron: in this case, the carbon has a formal charge of zero.

The pattern for hydrogens is easy: hydrogen atoms have only one bond, and no formal charge. The exceptions to this rule are the
proton, H*, and the hydride ion, H-, which is a proton plus two electrons.

Let us next turn to oxygen atoms. Typically, you will see an oxygen bonding in three ways, all of which fulfill the octet rule.

. =l . ..
10— or  O8 H{oN —0— —

[|J ” | &)O| or 9[|J
neutral oxygen: 2 bonds negative formal charge: positive formal charge:
I 2 lone pairs 1 bond 1 3 lone pairs 3 bonds + | lone pair

If an oxygen atom t has two bonds and two lone pairs, as in water, it will have a formal charge of zero. If it has one bond and three
lone pairs, as in hydroxide ion, it will have a formal charge of-1. If it has three bonds and one lone pair, as in hydronium ion, it will
have a formal charge of +1.

Nitrogen has two major bonding patterns, both of which fulfill the octet rule:

| .. | | o
IN— or —N— or IN= & N
| | I
neutral nifrogen: positive nitrogen:
3 bonds, 1 lone pair 4 bonds

If a nitrogen has three bonds and a lone pair, it has a formal charge of zero. If it has four bonds (and no lone pair), it has a formal
charge of +1. In a fairly uncommon bonding pattern, negatively charged nitrogen has two bonds and two lone pairs.

Using the 'line structure' convention

If you look ahead in this and other books at the way organic compounds are drawn, you will see that the figures are somewhat
different from the Lewis structures you are used to seeing in your general chemistry book. In some sources, you will see

condensed structures for smaller molecules instead of full Lewis structures:

N, A
H—(|3—C—C|—O H_CI:_N_?_(I:_H Lewis structures
H H HH
I
CH3CHZCH,0H CHsNHCH,CH4 Condensed structures

More commonly, organic and biological chemists use an abbreviated drawing convention called line structures. The convention is
quite simple and makes it easier to draw molecules, but line structures do take a little bit of getting used to. Carbon atoms are
depicted not by a capital C, but by a ‘corner’ between two bonds, or a free end of a bond. Open-chain molecules are usually drawn
out in a 'zig-zig' shape. Hydrogens attached to carbons are generally not shown: rather, like lone pairs, they are simply implied
(unless a positive formal charge is shown, all carbons are assumed to have a full octet of valence electrons). Hydrogens bonded to
nitrogen, oxygen, sulfur, or anything other than carbon are shown, but are usually drawn without showing the bond. The following

examples illustrate the convention.
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As you can see, the 'pared down' line structure makes it much easier to see the basic structure of the molecule and the locations
where there is something other than C-C and C-H single bonds. For larger, more complex biological molecules, it becomes
impractical to use full Lewis structures. Conversely, very small molecules such as ethane should be drawn with their full Lewis or
condensed structures.

Sometimes, one or more carbon atoms in a line structure will be depicted with a capital C, if doing so makes an explanation easier
to follow. If you label a carbon with a C, you also must draw in the hydrogens for that carbon.

p
Exercise 1.6: A good way to test your understanding of the line structure convention is to determine the number of hydrogen

atoms in a molecule from its line structure. Do this for the structures below.

0 0. 07
a (0]
al -
by %o 0®
CH OH
OH
dibydroxyacelone L
isocitrate

arginine

Exercise 1.7:

a) Draw a line structure for the DNA base 2-deoxycytidine (the full structure was shown earlier)

b) Draw line structures for histidine (an amino acid) and pyridoxine (Vitamin Bg).

H
C H
= \
\ \/N_H H H H‘C’O\H
H C=¢ N | _H |
H/\Cl/H W 0 c\%,cQ?,o\H
® C __O
H3N/ \(F// H/C\N//C\/C\/H
O¢ H H
histidine pyridoxine
(Vitamin Bg)

Exercise 1.8: Add non-zero formal charges to the structural drawing below. The net charge is -2.
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missing formalcharges!

Exercise 1.9: Find, anywhere in chapters 2-17 of this textbook, one example of each of the common bonding patterns specified
below. Check your answers with your instructor or tutor.

a) carbon with one double bond, two single bonds, no lone pairs, and zero formal charge
b) oxygen with two single bonds, two lone pairs, and zero formal charge

c) oxygen with one double bond, two lone pairs, and zero formal charge

d) nitrogen with one double bond, two single bonds, and a +1 formal charge

e) oxygen with one single bond, three lone pairs, and a negative formal charge

Solutions to exercises

Attributions: The material for this page was adapted from:

1.2: Drawing organic structures from the following text:

Soderberg, Timothy, "Organic Chemistry with a Biological Emphasis Volume I" (2019). Chemistry Publications. 1. Textbook
content licensed under the Creative Commons Attribution NonCommercial-Sharealike 4.0  license. Download for free
at: https://digitalcommons.morris.umn.edu/chem_facpubs/1

7.2: Representing Organic Compounds is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

https://chem.libretexts.org/@go/page/207347


https://libretexts.org/
https://chem.libretexts.org/@go/page/207347?pdf
https://chem.libretexts.org/Bookshelves/Organic_Chemistry/Book%3A_Organic_Chemistry_with_a_Biological_Emphasis_v2.0_(Soderberg)/01%3A_Introduction_to_Organic_Structure_and_Bonding_I/1.05%3A_Solutions_to_Chapter_1_Exercises
https://chem.libretexts.org/Bookshelves/Organic_Chemistry/Book%3A_Organic_Chemistry_with_a_Biological_Emphasis_v2.0_(Soderberg)/01%3A_Introduction_to_Organic_Structure_and_Bonding_I/1.02%3A_Drawing_organic_structures
https://chem.libretexts.org/Bookshelves/Organic_Chemistry/Book%3A_Organic_Chemistry_with_a_Biological_Emphasis_v2.0_(Soderberg)/01%3A_Introduction_to_Organic_Structure_and_Bonding_I/1.02%3A_Drawing_organic_structures
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://digitalcommons.morris.umn.edu/chem_facpubs/1
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/07%3A_Organic_Chemistry_Preview/7.03%3A_Representing_Organic_Compounds
https://chem.libretexts.org/Courses/Oregon_Tech_PortlandMetro_Campus/OT_-_PDX_-_Metro%3A_General_Chemistry_III/07%3A_Organic_Chemistry_Preview/7.03%3A_Representing_Organic_Compounds?no-cache

LibreTexts"

7.3: Isomers

Isomerism

Isomers are two or more compounds that have the same molecular formula, but have a different arrangement of atoms in a
molecule. There are many different types of isomerism in organic molecules, we will review some of the different types here.

Example:

All of the hydrocarbons containing 4 or more carbon atoms show structural isomerism, meaning that there are two or more
different structural formulae that you can draw for each molecular formula.

EXAMPLE: BUTANE OR METHYLPROPANE

C4H; could be either of these two different molecules:

Mk

|
CH3—CH2—CH2—CHg CH3—CH—CH3

CH3

These are named butane and 2-methylpropane, respectively

What is structural isomerism?

Isomers are molecules that have the same molecular formula, but have a different arrangement of the atoms in space. That excludes
any different arrangements which are simply due to the molecule rotating as a whole, or rotating about particular bonds. For
example, both of the following are the same molecule. They are not isomers; both are butane.

L

There are also endless other possible ways that this molecule could twist itself (conformational isomers). There is completely free
rotation around all the carbon-carbon single bonds. If you had a model of a molecule in front of you, you would have to take it to
pieces and rebuild it if you wanted to make an isomer of that molecule. If you can make an apparently different molecule just by
rotating single bonds, it's not different - it's still the same molecule.

In structural isomerism, the atoms are arranged in a completely different order. This is easier to see with specific examples. What
follows looks at some of the ways that structural isomers can arise. The names of the various forms of structural isomerism
probably do not matter all that much, but you must be aware of the different possibilities when you come to draw isomers.

Constitutional Isomers

Constitutional isomers have the same molecular formula and different connectivity of atoms. An example of this may be chain
isomers: these isomers arise because of the possibility of branching in carbon chains. For example, there are two isomers of butane,
C4H;(. In one of them, the carbon atoms lie in a "straight chain" whereas in the other the chain is branched.

Hes

CH3—CH2—CH2—CH3 CH3—CH—CH3

CH3
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Be careful not to draw "false" isomers which are just twisted versions of the original molecule. For example, this structure is just
the straight chain version of butane rotated about the central carbon-carbon bond.

CH3z—CH2

CH3z—CH2

You could easily see this with a model. This is the example we've already used at the top of this page.

Y

EXAMPLE 3.2.13.2.1: CHAIN ISOMERS IN PENTANE

Pentane, CsH;, has three chain isomers. If you think you can find any others, they are simply twisted versions of the ones below. If
in doubt make some models.

CH3
CH3—CHz—CHz—CH2—CH3 CH3—CHz—CH—CH3z

CH3
|
CHS*?*CHS
CH3
Examples of Simple Unbranched Alkanes
Molecular Structural Molecular Structural
Name Isomers Name Isomers
Formula Formula Formula Formula
|metnane | CHs | CHq B [hexane | Cehie | GHalCHiCHs | 5
‘ ethane | CoHg ‘ CHaCH; ‘ | ‘ ‘heptane‘ CHig |CH3(CH2)5CH3 ‘ 9
[propane | CaHg | CHCHCHs | 1 | [ocne | CgHig | CHaCHCH: | 18
butane CsH1o CH3CH2CH2CH3 2 nonane CgHag CH3(CH2)7CHa 35
pentane CsH12 CH3(CHz)3CH3 3 decane CqoH22 CH3(CHo)sCHa 75
Exercises
Questions

Q3.2.1

Give all the isomers for a straight chain hexanol.

Solutions
S3.2.1

HO\/\/\/

ST
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Geometric Isomers

Hydrocarbons with double bonds and other rigid structures introduce another type of isomers: geometric isomers. Geometic
isomers have the same molecular formula, the same atomic connectivity, but different in arragment of atoms around a rigid
structure. As an example we will look at 2-butene, an alkene. We give the name alkene to a hydrocarbon that has a double bond.
Looking at an alkene with a four carbon chain where the double bond is placed between the two middle carbon atoms, there are two
possible geometric isomers:

hydvogen atoms on hydvogen aioms on
same side H appasite sides
HsC_ CHs HCL )
KC_C\ "C_C\C H
H  H H °
cis-alkene trans-alkene

We use the term cis to denote, same side, the two CHj3 groups are cis to one another in the structure on the left and the two CHj3
groups are trans to one another on the structure on the right.

Chirality and Stereiosomers Isomers

Chirality and optical isomers are more challenging to understand than structural and geometric isomers. The term chiral means
hand in latin, and a chiral object is one that displays "handness" or cannot be superimposed on its mirror image. Just like your right
and left hand are mirror images of one another, but cannot be superimposed (or overlapped) with one another, there are molecules
that are non-superimposable mirror images of one another. A molecule that exhibits this is considered chiral.

? ?
Yo ot

A

mirror plane

B

Another image

The mirror image of A, which we will call B, is drawn on the right side of the figure, and an imaginary mirror is in the middle.
Notice that every point on A lines up through the mirror with the same point on B: in other words, if A looked in the mirror, it
would see B looking back.

Now, if we flip compound A over and try to superimpose it point for point on compound B, we find that we cannot do it: if we

superimpose any two colored balls, then the other two are misaligned.
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Yo

O
I
flip A over so red %

atom pointsto the left 9 A and B cannot be superimposed:

A :

they are not the same molecule!

A is not superimposable on its mirror image (B), thus by definition A is a chiral molecule. It follows that B also is not
superimposable on its mirror image (A), and thus it is also a chiral molecule. Also notice in the figure below (and convince yourself
with models) that neither A nor B has an internal plane of symmetry.

A and B are stereoisomers: molecules with the same molecular formula and the same bonding arrangement, but a different

arrangement of atoms in space.

Attributions: The material for this page was adapted from:

e 1.3: Functional groups and organic nomenclature and 3.4: Chirality and stereoisomers from the following text: Soderberg,
Timothy, "Organic Chemistry with a Biological Emphasis Volume I" (2019). Chemistry Publications. 1. Textbook content
licensed under the Creative Commons Attribution NonCommercial-Sharealike 4.0 license. Download for free
at: https://digitalcommons.morris.umn.edu/chem_facpubs/1

e 3.2: Alkanes and Alkane Isomers from the following text: "Organic Chemistry LibreText (TextMap of McMurry's
Book) Organic Chemistry" Textbook content licensed under the Creative Commons license.

7.3: Isomers is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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7.4: Alkanes- Saturated Hydrocarbons

4b Learning Objectives

e To identify and name simple (straight-chain) alkanes given formulas and write formulas for straight-chain alkanes given
their names.

We begin our study of organic chemistry with the hydrocarbons, the simplest organic compounds, which are composed of carbon
and hydrogen atoms only. As we noted, there are several different kinds of hydrocarbons. They are distinguished by the types of
bonding between carbon atoms and the properties that result from that bonding. Hydrocarbons with only carbon-to-carbon single
bonds (C—C) and existing as a continuous chain of carbon atoms also bonded to hydrogen atoms are called alkanes (or saturated
hydrocarbons). Saturated, in this case, means that each carbon atom is bonded to four other atoms (hydrogen or carbon)—the most
possible; there are no double or triple bonds in the molecules.

The word saturated has the same meaning for hydrocarbons as it does for the dietary fats and oils: the molecule has no carbon-
to-carbon double bonds (C=C).

We previously introduced the three simplest alkanes—methane (CH,), ethane (C,Hg), and propane (C3;Hg) and they are shown
again in Figure 7.4.1.

H H H H H H
I | i
H—Li—H H—%—T—H H—C|—?—CI—H
H H H H H H
Methane Ethane Propane

Figure 7.4.1: The Three Simplest Alkanes

The flat representations shown do not accurately portray bond angles or molecular geometry. Methane has a tetrahedral shape that
chemists often portray with wedges indicating bonds coming out toward you and dashed lines indicating bonds that go back away
from you. An ordinary solid line indicates a bond in the plane of the page. Recall that the VSEPR theory correctly predicts a
tetrahedral shape for the methane molecule (Figure 7.4.2).

2 \

’ ol T

¢ --T-""‘\H
H<1/og,5" L i
SEEN

H
Figure 7.4.2: The Tetrahedral Methane Molecule

—

Methane (CH,), ethane (C,Hg), and propane (C3Hg) are the beginning of a series of compounds in which any two members in a
sequence differ by one carbon atom and two hydrogen atoms—namely, a CH, unit. The first 10 members of this series are given in
Table 7.4.1.

Table 7.4.1: The First 10 Straight-Chain Alkanes
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Name Molecular Formula (C,Hp, +2)  Condensed Structural Formula Number of Possible Isomers
methane CHy4 CHy —
ethane C,Hg CH;CH; —
propane CsHg CH3CH,CHj3 —
butane C4Hyg CH;CH,CH,CHj 2
pentane CsHyp CH3CH,CH,CH,CH3 3
hexane CeHyy CH,CH,CH,CH,CH,CHj; 5
heptane CsHie CH3CH,CH,CH,CH,CH,CHj; 9
octane CaHig CH3CH2CH2€E§CH2CH2CH2 18
nonane CoHyg CH3CH2C122§;2§3HZCH2CH2 35
CH3CH,CH,CH,CH,CH,CH, 75

decane C1oH
104722 CH,CH,CHs

Consider the series in Figure 7.4.3. The sequence starts with C3Hg, and a CH, unit is added in each step moving up the series. Any
family of compounds in which adjacent members differ from each other by a definite factor (here a CH, group) is called a
homologous series. The members of such a series, called homologs, have properties that vary in a regular and predictable manner.
The principle of homology gives organization to organic chemistry in much the same way that the periodic table gives organization
to inorganic chemistry. Instead of a bewildering array of individual carbon compounds, we can study a few members of a
homologous series and from them deduce some of the properties of other compounds in the series.

Py P
et T

H H H H H H H

Propane Butane
T R

T iy
H H H H H H H H H H H

Pentane Hexane

Figure 7.4.3: Members of a Homologous Series. Each succeeding formula incorporates one carbon atom and two hydrogen atoms
more than the previous formula.

The principle of homology allows us to write a general formula for alkanes: C,Hy, + ». Using this formula, we can write a
molecular formula for any alkane with a given number of carbon atoms. For example, an alkane with eight carbon atoms has the

molecular formula CgH(; x gy + 2 = CgHis.

Key Takeaway

o Simple alkanes exist as a homologous series, in which adjacent members differ by a CH; unit.

7.4: Alkanes- Saturated Hydrocarbons is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

e 12.2: Structures and Names of Alkanes by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
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7.5: Alkenes and Alkynes

4b Learning Objectives

e To name alkenes given formulas and write formulas for alkenes given names.
As noted before, alkenes are hydrocarbons with carbon-to-carbon double bonds (R,C=CR5) and alkynes are hydrocarbons with

carbon-to-carbon triple bonds (R—-C=C-R). Collectively, they are called unsaturated hydrocarbons because they have fewer
hydrogen atoms than does an alkane with the same number of carbon atoms, as is indicated in the following general formulas:

o]
I no&n

JHy s CH, .

A dn-l

An alkane An alkens An alkyne

Some representative alkenes—their names, structures, and physical properties—are given in Table 7.5.1.
Table 7.5.1: Physical Properties of Some Selected Alkenes

Condensed Structural

Molecular Formula Formula Melting Point (°C) Boiling Point (°C)

ethene CoHy CH,=CH, -169 -104
propene C;Hg CH,=CHCH; -185 —47
1-butene C4Hg CH,=CHCH,CH3 -185 -6
1-pentene CsHip CH,=CH(CH,),CH3; -138 30
1-hexene CeHio CH,=CH(CH,)3CHj; -140 63
1-heptene C,Hyy CH,=CH(CH,),CH; -119 94
1-octene CgHig CH,=CH(CH,)sCH; -102 121

We used only condensed structural formulas in Table 7.5.1. Thus, CH,=CH, stands for

The double bond is shared by the two carbons and does not involve the hydrogen atoms, although the condensed formula does not
make this point obvious. Note that the molecular formula for ethene is C,H,, whereas that for ethane is C,Hg.

The first two alkenes in Table 7.5.1, ethene and propene, are most often called by their common names—ethylene and propylene,
respectively (Figure 7.5.1). Ethylene is a major commercial chemical. The US chemical industry produces about 25 billion

kilograms of ethylene annually, more than any other synthetic organic chemical. More than half of this ethylene goes into the
manufacture of polyethylene, one of the most familiar plastics. Propylene is also an important industrial chemical. It is converted to
plastics, isopropyl alcohol, and a variety of other products.
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<« > ‘a.
e P
4 L4 -

(a) (b) ~

Figure 7.5.1: Ethene and Propene. The ball-and-spring models of ethene/ethylene (a) and propene/propylene (b) show their
respective shapes, especially bond angles.

Although there is only one alkene with the formula CoHy (ethene) and only one with the formula C3Hg (propene), there are
several alkenes with the formula C4Hg.

Here are some basic rules for naming alkenes from the International Union of Pure and Applied Chemistry (IUPAC):

1. The longest chain of carbon atoms containing the double bond is considered the parent chain. It is named using the same stem
as the alkane having the same number of carbon atoms but ends in -ene to identify it as an alkene. Thus the compound
CH,=CHCHj is propene.

2. If there are four or more carbon atoms in a chain, we must indicate the position of the double bond. The carbons atoms are
numbered so that the first of the two that are doubly bonded is given the lower of the two possible numbers.The compound
CH3;CH=CHCH,CHj3;, for example, has the double bond between the second and third carbon atoms. Its name is 2-pentene (not
3-pentene).

3. Substituent groups are named as with alkanes, and their position is indicated by a number. Thus, the structure below is 5-
methyl-2-hexene. Note that the numbering of the parent chain is always done in such a way as to give the double bond the
lowest number, even if that causes a substituent to have a higher number. The double bond always has priority in numbering.

& 5 4 3 2 1

CH,CHCH,CH=CHCH,

i

Methyl group

v/ Example 7.5.1

Name each compound.

CH,CH=CHCHCH,

CH

a. 3
CH,CH==CCH,CH,

b, CH,

Solution
a. The longest chain containing the double bond has five carbon atoms, so the compound is a pentene (rule 1). To give the first
carbon atom of the double bond the lowest number (rule 2), we number from the left, so the compound is a 2-pentene.
There is a methyl group on the fourth carbon atom (rule 3), so the compound’s name is 4-methyl-2-pentene.
b. The longest chain containing the double bond has five carbon atoms, so the parent compound is a pentene (rule 1). To give
the first carbon atom of the double bond the lowest number (rule 2), we number from the left, so the compound is a 2-
pentene. There is a methyl group on the third carbon atom (rule 3), so the compound’s name is 3-methyl-2-pentene.
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Name each compound.

a. CH;CH,CH,CH,CH,CH=CHCH,
CH,CH,CHCH == CHCH,CH,

b. CH

3

Answer

Just as there are cycloalkanes, there are cycloalkenes. These compounds are named like alkenes, but with the prefix cyclo-
attached to the beginning of the parent alkene name.

v/ Example 7.5.2

Draw the structure for each compound.
a. 3-methyl-2-pentene

b. cyclohexene

Solution

a.

First write the parent chain of five carbon atoms: C-C—C—C—C. Then add the double bond between the second and third carbon
atoms:

1 . B 4 5

C—C=C—C—C

Now place the methyl group on the third carbon atom and add enough hydrogen atoms to give each carbon atom a total of four
bonds.

CH,CH==CCH CH,

CH

3

b

First, consider what each of the three parts of the name means. Cyclo means a ring compound, hex means 6 carbon atoms, and -
ene means a double bond.

? Exercise 7.5.2

Draw the structure for each compound.

a. 2-ethyl-1-hexene
b. cyclopentene

Key Takeaway

¢ Alkenes are hydrocarbons with a carbon-to-carbon double bond.

7.5: Alkenes and Alkynes is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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e 13.1: Alkenes- Structures and Names by Anonymous is licensed CC BY-NC-SA 3.0. Original source:

https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
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7.6: Functional Groups

4} Learning Objectives

e To know the major classes of organic compounds and identify important functional groups.

You were previously introduced to several structural units that chemists use to classify organic compounds and predict their
reactivities. These functional groups, which determine the chemical reactivity of a molecule under a given set of conditions, can
consist of a single atom (such as Cl) or a group of atoms (such as CO,H). The major families of organic compounds are
characterized by their functional groups. Figure 7.6.1 summarizes five families introduced in earlier chapters, gives examples of
compounds that contain each functional group, and lists the suffix or prefix used in the systematic nomenclature of compounds that
contain each functional group.
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G 1 Common Name G
enera
Class Example . Suffix/Prefix
Formula (Systematic Name) (Systematic)
Hydrocarbons
Alkanes RH CH3CH, ethane -ane
Alkenes RR'C=CR"R" H,C=CH Etlijlene -ene
a 2 A (ethene)
i et acetylene .
Alkynes RC=CR HC=CH (ethyne) (-yne)
7N
Arenes ArH® &4 \\ benzene -ene
Halogen-Containing Compounds
hyl chloride halide
i CH;CH,CI EEny.
Allg halles RK =2 (chloroethane) (halo-)
Aryl halides ArX’ @Cl chlorobenzene halo-
Oxygen-Containing Compounds
" CH-CH-OH ethyl alcohol )
Alcohols ROH 3LH; tethanol] ol
Phenols ArOH? @OH phenol -ol
Ethers ROR’ H3CH,COCH,CHy diethyl ether ether
Q acetaldehyde -aldehyde
Aldehydes RCHO |
CH3CH (ethanal) (-al)
@]
Ketones RR'C=0 Il acetone -
CH3CCH3 (2-propanone)
Carboxylic acids RCO,H 1 aceficaeid el
4 4 CH5COH (ethanoic acid) (-oic acid)
Carboxylic Acid Derivatives
Fatiars RCO-R’ CH) methyl acetate -ate
’ CHLCOCH; (methyl ethanoate) (-oate)
O
Amides RCONHR’ | N-methylacetamide -amide
CH3CNHCH;
Nitrogen-Containing Compounds
Amines gmsféENHR CH3CH,NH, ethylamine -amine
Nitriles RC=N HsCC=N acetonitrile -nitrile
Nitro compounds ArNO,’ <;>*NO2 nitrobenzene nitro-
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‘R indicates an alkyl group °Ar indicaRigare qgligidajur Classes of Organic Compounds

The first family listed in Figure 7.6.1 is the hydrocarbons. These include alkanes, with the general molecular formula C,Hop+2
where n is an integer; alkenes, represented by C,Hyy; alkynes, represented by C,Hy,—»; and arenes. Halogen-substituted alkanes,
alkenes, and arenes form a second major family of organic compounds, which include the alkyl halides and the aryl halides.
Oxygen-containing organic compounds, a third family, may be divided into two main types: those that contain at least one C-O
bond, which include alcohols, phenols (derivatives of benzene), and ethers, and those that contain a carbonyl group (C=0), which
include aldehydes, ketones, and carboxylic acids. Carboxylic acid derivatives, the fourth family listed, are compounds in which the
OH of the —CO»H functional group is replaced by either an alkoxy (~OR) group, producing an ester, or by an amido (-NRR’, where
R and R’ can be H and/or alkyl groups), forming an amide. Nitrogen-containing organic compounds, the fifth family, include
amines; nitriles, which have a C=N bond; and nitro compounds, which contain the -NO, group.

The systematic nomenclature of organic compounds indicates the positions of substituents using the lowest numbers possible to
identify their locations in the carbon chain of the parent compound. If two compounds have the same systematic name, then they
are the same compound. Although systematic names are preferred because they are unambiguous, many organic compounds are
known by their common names rather than their systematic names. Common nomenclature uses the prefix form—for a compound
that contains no carbons other than those in the functional group, and acet—for those that have one carbon atom in addition [two in
the case of acetone, (CH3);C=0]. Thus methanal and ethanal, respectively, are the systematic names for formaldehyde and

acetaldehyde.
0 (0]
[ Il
HCH CH3CH
Formaldehyde Acetaldehyde
{methanal) (ethanal)

Recall that in the systematic nomenclature of aromatic compounds, the positions of groups attached to the aromatic ring are
indicated by numbers, starting with 1 and proceeding around the ring in the direction that produces the lowest possible numbers.
For example, the position of the first CH3 group in dimethyl benzene is indicated with a 1, but the second CH3 group, which can be
placed in any one of three positions, produces 1,2-dimethylbenzene, 1,3-dimethylbenzene, or 1,4-dimethylbenzene (Figure 7.6.2).
In common nomenclature, in contrast, the prefixes ortho-, meta-, and para- are used to describe the relative positions of groups
attached to an aromatic ring. If the CH3 groups in dimethylbenzene, whose common name is xylene, are adjacent to each other, the
compound is commonly called ortho-xylene, abbreviated o-xylene. If they are across from each other on the ring, the compound is
commonly called para-xylene or p-xylene. When the arrangement is intermediate between those of ortho- and para- compounds,
the name is meta-xylene or m-xylene.

Positions of "
Prefix Methyl Groups Example Common Name (Systematic Name)

ortho- 1,2 o-xylene (1,2-dimethylbenzene)

CHj
©/CH3
CH,
meta- 1,3 @\ m-xylene (1,3-dimethylbenzene)
CH,
CH;

para- 14 p-xylene (1,4-dimethylbenzene)

Figure 7.6.2: Common Nomenclature for Aromatic Ring Substitutions
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We begin our discussion of the structure and reactivity of organic compounds by exploring structural variations in the simple
saturated hydrocarbons known as alkanes. These compounds serve as the scaffolding to which the various functional groups are
most often attached.

Summary

Functional groups determine the chemical reactivity of an organic molecule. Functional groups are structural units that determine
the chemical reactivity of a molecule under a given set of conditions. Organic compounds are classified into several major
categories based on the functional groups they contain. In the systematic names of organic compounds, numbers indicate the
positions of functional groups in the basic hydrocarbon framework. Many organic compounds also have common names, which use
the prefix form—for a compound that contains no carbons other than those in the functional group and acet—for those that have
one additional carbon atom.

Conceptual Problems
1. Can two substances have the same systematic name and be different compounds?
2. Is a carbon—carbon multiple bond considered a functional group?
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