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CHAPTER OVERVIEW

1: Chemical Kinetics

‘ Topic hierarchy

1.1: Prelude to Kinetics

1.2: Rate of a Chemical Reaction

1.3: Factors Affecting Reaction Rates

1.4: Instantaneous Rate of a Chemical Reaction

1.5: Concentration and Rates (Differential Rate Laws)

1.6: Integrated Rate Laws (Zeroth, First, and second order reactions)
1.7: Half life

1.8: Collision Theory (Effect of temperature on a rate of a reaction)

1.E: Kinetics (Practice Problems with Answers)

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: Prelude to Kinetics

The lizard in the photograph is not simply enjoying the sunshine or working on its tan. The heat from the sun’s rays is critical to the
lizard’s survival. A warm lizard can move faster than a cold one because the chemical reactions that allow its muscles to move
occur more rapidly at higher temperatures. In the absence of warmth, the lizard is an easy meal for predators.

Figure 1.1.1: An agama lizard basks in the sun. As its body warms, the chemical reactions of its metabolism speed up.

From baking a cake to determining the useful lifespan of a bridge, rates of chemical reactions play important roles in our
understanding of processes that involve chemical changes. When planning to run a chemical reaction, we should ask at least two
questions. The first is: “Will the reaction produce the desired products in useful quantities?” The second question is: “How rapidly
will the reaction occur?” A reaction that takes 50 years to produce a product is about as useful as one that never gives a product at
all. A third question is often asked when investigating reactions in greater detail: “What specific molecular-level processes take
place as the reaction occurs?” Knowing the answer to this question is of practical importance when the yield or rate of a reaction
needs to be controlled.

The study of chemical kinetics concerns the second and third questions—that is, the rate at which a reaction yields products and the
molecular-scale means by which a reaction occurs. In this chapter, we will examine the factors that influence the rates of chemical
reactions, the mechanisms by which reactions proceed, and the quantitative techniques used to determine and describe the rate at
which reactions occur.

o Paul Flowers (University of North Carolina - Pembroke), Klaus Theopold (University of Delaware) and Richard Langley
(Stephen F. Austin State University) with contributing authors. Textbook content produced by OpenStax College is licensed
under a Creative Commons Attribution License 4.0 license. Download for free at http://cnx.org/contents/85abf193-
2bd...a7ac8df6@9.110).

This page titled 1.1: Prelude to Kinetics is shared under a CC BY license and was authored, remixed, and/or curated by OpenStax.

e 12.1: Prelude to Kinetics by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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1.2: 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
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Figure 1.2.1: 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 1.2.1; 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 1.2.1. 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 (1.2.1)

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 1.2.1 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 1.2.1 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 1.2.2.

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

Figure 1.2.2: 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
1.2.1 and are shown in the graph in Figure 1.2.3.

Table 1.2.1: 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 5.51 x 1073 0.040 x 1073
5.0 5.45 x 1073 0.10 x 1073
10 5.35x 1073 0.20 x 1073
20 5.15x 1073 0.40 x 1073
30 4.96 x 1073 0.59 x 1073
40 478 x 1073 0.77 x 1073
50 4.61x1073 0.94 x 1073
100 3.83 x 1073 1.72 x 1073
200 2.64x 1073 2.91x 1073
300 1.82x1073 3.73x 1073

*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 1.2.1 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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Figure 1.2.3: 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 1.2.1(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) (1.2.2)

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

(1.2.3)

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 1.2.3 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 1.2.2) corresponds to sucrose, so the reaction rate
is generally defined as follows:

__ Alsucrose]

te =
rate Al

v/ Example 1.2.1: Decomposition Reaction |

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

( A[C,H;0H] ) (1.2.4)

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 1.2.1: 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 1.2.2: Decomposition Reaction |l

Using the reaction shown in Example 1.2.1, 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 1.2.1, 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 1.2.1, 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 1.2.2; Contact Process

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

1.2: 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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1.3: Factors Affecting Reaction Rates

4b Learning Objectives

o Describe the effects of chemical nature, physical state, temperature, concentration, and catalysis on reaction rates

The rates at which reactants are consumed and products are formed during chemical reactions vary greatly. We can identify five factors that affect
the rates of chemical reactions: the chemical nature of the reacting substances, the state of subdivision (one large lump versus many small particles)
of the reactants, the temperature of the reactants, the concentration of the reactants, and the presence of a catalyst.

The Chemical Nature of the Reacting Substances

The rate of a reaction depends on the nature of the participating substances. Reactions that appear similar may have different rates under the same
conditions, depending on the identity of the reactants. For example, when small pieces of the metals iron and sodium are exposed to air, the sodium
reacts completely with air overnight, whereas the iron is barely affected. The active metals calcium and sodium both react with water to form
hydrogen gas and a base. Yet calcium reacts at a moderate rate, whereas sodium reacts so rapidly that the reaction is almost explosive.

The State of Subdivision of the Reactants

Except for substances in the gaseous state or in solution, reactions occur at the boundary, or interface, between two phases. Hence, the rate of a
reaction between two phases depends to a great extent on the surface contact between them. A finely divided solid has more surface area available
for reaction than does one large piece of the same substance. Thus a liquid will react more rapidly with a finely divided solid than with a large piece
of the same solid. For example, large pieces of iron react slowly with acids; finely divided iron reacts much more rapidly (Figure 1.3.1). Large pieces
of wood smolder, smaller pieces burn rapidly, and saw dust burns explosively.

Figure 1.3.1: (a) Iron powder reacts rapidly with dilute hydrochloric acid and produces bubbles of hydrogen gas because the powder has a large total
area: 2Fe(s) + 6HCl(aq) — 2FeCl3(aq) + 3H2(g). (surfaceb) An iron nail reacts more slowly.

This figure shows two photos labeled (a) and (b). Photo (a) shows the bottom of a test tube. The test tube is filled with a dark gas, and there is a dark
substance and bubbles in the bottom. Photo (b) shows a rod and bubbles in a test tube similar to photo (a), but the gas in the test tube is not as dark.
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Temperature of the Reactants

Chemical reactions typically occur faster at higher temperatures. Food can spoil quickly when left on the kitchen counter. However, the lower
temperature inside of a refrigerator slows that process so that the same food remains fresh for days. We use a burner or a hot plate in the laboratory
to increase the speed of reactions that proceed slowly at ordinary temperatures. In many cases, an increase in temperature of only 10 °C will
approximately double the rate of a reaction in a homogeneous system.

Concentrations of the Reactants

The rates of many reactions depend on the concentrations of the reactants. Rates usually increase when the concentration of one or more of the
reactants increases. For example, calcium carbonate (CaCOj3) deteriorates as a result of its reaction with the pollutant sulfur dioxide. The rate of this
reaction depends on the amount of sulfur dioxide in the air (Figure 1.3.2). As an acidic oxide, sulfur dioxide combines with water vapor in the air to
produce sulfurous acid in the following reaction:

SO2(g) + H20() — H2503(eg) (1.3.1)
Calcium carbonate reacts with sulfurous acid as follows:
CaCO03(5) + HaSO3(45 —> CaSO3(aq) + CO2) + H20y (1.3.2)

In a polluted atmosphere where the concentration of sulfur dioxide is high, calcium carbonate deteriorates more rapidly than in less polluted air.
Similarly, phosphorus burns much more rapidly in an atmosphere of pure oxygen than in air, which is only about 20% oxygen.

Figure 1.3.2: Statues made from carbonate compounds such as limestone and marble typically weather slowly over time due to the actions of water,
and thermal expansion and contraction. However, pollutants like sulfur dioxide can accelerate weathering. As the concentration of air pollutants
increases, deterioration of limestone occurs more rapidly. (credit: James P Fisher III).

A photograph is shown of an angel statue. While some details of the statue, including facial features, are present, effects of weathering appear to be
diminishing these features.
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Video 1.3.2: Phosphorous burns rapidly in air, but it will burn even more rapidly if the concentration of oxygen in is higher.

The Presence of a Catalyst

Hydrogen peroxide solutions foam when poured onto an open wound because substances in the exposed tissues act as catalysts, increasing the rate
of hydrogen peroxide’s decomposition. However, in the absence of these catalysts (for example, in the bottle in the medicine cabinet) complete
decomposition can take months. A catalyst is a substance that increases the rate of a chemical reaction by lowering the activation energy without
itself being consumed by the reaction. Activation energy is the minimum amount of energy required for a chemical reaction to proceed in the
forward direction. A catalyst increases the reaction rate by providing an alternative pathway or mechanism for the reaction to follow (Figure 1.3.3).
Catalysis will be discussed in greater detail later in this chapter as it relates to mechanisms of reactions.

Uncatalyzed
reaction
activation
energy

Products

Energy

Catalyzed
reaction
activation
energy

Reactants

Reaction coordinate
Figure 1.3.3: The presence of a catalyst increases the rate of a reaction by lowering its activation energy.

A graph is shown with the label, “Reaction coordinate,” on the x-axis. The x-axis is depicted as an arrow. The y-axis is also an arrow and is labeled,
“Energy.” There is a horizontal line that runs the width of the graph and appears just above the x-axis. A segment of this line is blue and is labeled,
“Reactants.” From the right end of this line segment, a solid black, concave down curve is shown which reaches the level just below the end of the y-
axis. The curve ends at another short, blue line labeled, “Products.” The “Products” line appears at a higher level than the “Reactants” line. An arrow
extends from the horizontal line to the apex of the curve. The arrow is labeled, “Uncatalyzed reaction activation energy.” A second, black concave
down curve is shown. This curve also meets the reactants and products blue line segments, but only extends to about two-thirds the height of the
initial curve. From the horizontal line is another arrow pointing to the apex of the second curve. This arrow is labeled, “Catalyzed reaction activation
energy.”

Chemical reactions occur when molecules collide with each other and undergo a chemical

transformation. Before physically performing a reaction in a laboratory, scientists can use molecular

modeling simulations to predict how the parameters discussed earlier will influence the rate of a

reaction. Use the PhET Reactions & Rates interactive to explore how temperature, concentration, and

the nature of the reactants affect reaction rates.

Summary

The rate of a chemical reaction is affected by several parameters. Reactions involving two phases proceed more rapidly when there is greater surface
area contact. If temperature or reactant concentration is increased, the rate of a given reaction generally increases as well. A catalyst can increase the
rate of a reaction by providing an alternative pathway that causes the activation energy of the reaction to decrease.

Glossary

catalyst

substance that increases the rate of a reaction without itself being consumed by the reaction
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1.4: Instantaneous 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 1.4.1: 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 1.4.1; 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 1.4.1. 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 (1.4.1)

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 1.4.1 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 1.4.1 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 1.4.2.

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

Figure 1.4.2: 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
1.4.1 and are shown in the graph in Figure 1.4.3.

Table 1.4.1: 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 1.4.1 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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Figure 1.4.3: 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 1.4.1(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) (1.4.2)

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

(1.4.3)

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 1.4.3 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 1.4.2) corresponds to sucrose, so the reaction rate
is generally defined as follows:

__ Alsucrose]

te =
rate Al

v/ Example 1.4.1: Decomposition Reaction |

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

( A[C,H;0H] ) (1.4.4)

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 1.4.1: 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 1.4.2: Decomposition Reaction |l

Using the reaction shown in Example 1.4.1, calculate the reaction rate from the following data taken at 56°C:

2N505() = 4N Og() + Oy(g)

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 1.4.1, 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 1.4.1, 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 1.4.2; Contact Process

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

1.4: Instantaneous 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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1.5: Concentration and Rates (Differential Rate Laws)

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 (1.5.1)
the experimentally determined rate law usually has the following form:
rate = k[A]™[B]" (1.5.2)

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 1.5.2 tells us that Equation 1.5.1 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’(SOM) + HQO(soln) — (C’H3)3COH(soln) + HB’I”(sogn) (1.5.3)

Combining the rate expression in Equation 1.5.2 with the definition of average reaction rate

te = _ﬂ
rate = i
gives a general expression for the differential rate law:
_ A[A] _ m n
rate = —— o= = E[A]™[B] (1.5.4)

Inserting the identities of the reactants into Equation 1.5.4 gives the following expression for the differential rate law for the
reaction:

. A[(CH3)3CB1‘]

te =
rate At

= k[(CH3)3CBr]'"[H20]" (1.5.5)

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 1.5.4 are 1 and 0,
respectively, and,

rate = k[(CH3)3CBr|![H,0]° = k[(CH3)3CBr] (1.5.6)

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]

o = k[CHsBi] 1.5.7)

rate =

This reaction also has an overall reaction order of 1, but the rate constant in Equation 1.5.7 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 1.5.1: 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 1.5.1A4

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 1.5.1B

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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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]y. This doubles the reaction rate.

? Exercise 1.5.2

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=NCH3(g) — CgHﬁ(g) + Nz(g) rate = —% (158)
=§‘CI‘}3N=NCH3A[ 04l (1.5.9)
_ Fof _ 1 NO;
b. 2NOs3(g) + Fa(g) — 2NOyF(g) rate = — At -2 ( At ) (1.5.10)
— K[NO|[F4] (1.5.11)
Answer a

s™L: first order in CH3N=NCHjg; first order overall; doubling [CH3N=NCHj3] will double the reaction rate.
Answer b

M Ls7L: first order in NO, first order in Fy; 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]" (1.5.12)

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 1.5.1.

Table 1.5.1: 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 1.5.12. 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 1.5.3.

rate; _ Kk[Aq1]™[B4]"

rateg - k[A3]m [Bs]"
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Inserting the appropriate values from Table 1.5.3,

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 1.5.3,

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 1.5.3 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 1.5.1 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 1.5.3

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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1.6: Integrated Rate Laws (Zeroth, First, and second order reactions)

4b Learning Objectives

e To apply rate laws to zeroth, first and second order reactions.

Either the differential rate law or the integrated rate law can be used to determine the reaction order from experimental data. Often,
the exponents in the rate law are the positive integers: 1 and 2 or even 0. Thus the reactions are zeroth, first, or second order in each
reactant. The common patterns used to identify the reaction order are described in this section, where we focus on characteristic
types of differential and integrated rate laws and how to determine the reaction order from experimental data. The learning
objective of this Module is to know how to determine the reaction order from experimental data.

Zeroth-Order Reactions

A zeroth-order reaction is one whose rate is independent of concentration; its differential rate law is
rate = k.

We refer to these reactions as zeroth order because we could also write their rate in a form such that the exponent of the reactant in
the rate law is 0:
A[A]

rate = ~Af = k[reactant]® = k(1) = k (1.6.1)

Because rate is independent of reactant concentration, a graph of the concentration of any reactant as a function of time is a straight
line with a slope of —k. The value of k is negative because the concentration of the reactant decreases with time. Conversely, a
graph of the concentration of any product as a function of time is a straight line with a slope of &, a positive value.

Reactant

- (slope = — k)

Concentration

Product
(slope = k)

Time
Figure 16.1: The graph of a zeroth-order reaction. The change in concentration of reactant and

product with time produces a straight line.

Graph of concentration against time. The reactant is in purple and has a slope of minus k. The product is in green and has a slope of
positive k.

The integrated rate law for a zeroth-order reaction also produces a straight line and has the general form
[A] = [A]o — Kt (1.6.2)
where [A]y is the initial concentration of reactant A. Equation 1.6.2 has the form of the algebraic equation for a straight line,
y=mz+ Db,

with y = [4], mz = —kt, and b = [A],.)

In a zeroth-order reaction, the rate constant must have the same units as the reaction rate, typically moles per liter per second.
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Although it may seem counterintuitive for the reaction rate to be independent of the reactant concentration(s), such reactions are
rather common. They occur most often when the reaction rate is determined by available surface area. An example is the
decomposition of N>O on a platinum (Pt) surface to produce N, and O,, which occurs at temperatures ranging from 200°C to
400°C:

2N,0(g) = 2N3(g) + Oa(g) (1.6.3)

Without a platinum surface, the reaction requires temperatures greater than 700°C, but between 200°C and 400°C, the only factor
that determines how rapidly N>O decomposes is the amount of Pt surface available (not the amount of Pt). As long as there is
enough N»O to react with the entire Pt surface, doubling or quadrupling the N,O concentration will have no effect on the reaction
rate. At very low concentrations of N,O, where there are not enough molecules present to occupy the entire available Pt surface, the
reaction rate is dependent on the N,O concentration. The reaction rate is as follows:

rate = — = (M) -1 (M) _ Alod _ E[N;0]° = k (1.6.4)

2 At 2 At At

Thus the rate at which N,O is consumed and the rates at which N, and O, are produced are independent of concentration. As
shown in Figure 1.6.2, the change in the concentrations of all species with time is linear. Most important, the exponent (0)
corresponding to the N>O concentration in the experimentally derived rate law is not the same as the reactant’s stoichiometric
coefficient in the balanced chemical equation (2). For this reaction, as for all others, the rate law must be determined
experimentally.

N,O
(reactant)

N,
(product)

Concentration

\o,

(product)

Time

Figure 1.6.2: A Zeroth-Order Reaction. This graph shows the concentrations of reactants and products versus time for the zeroth-
order catalyzed decomposition of N,O to N, and O, on a Pt surface. The change in the concentrations of all species with time is
linear.

Graph of concentration against time. N20O is the reactiant is graphed in purple. O2 is one of the products and is graphed in green.

The second product is N2 which is graphed in red
A zeroth-order reaction that takes place in the human liver is the oxidation of ethanol (from alcoholic beverages) to acetaldehyde,
catalyzed by the enzyme alcohol dehydrogenase. At high ethanol concentrations, this reaction is also a zeroth-order reaction. The
overall reaction equation is

0
alcohol |
CH3CH,OH + NAD* —2140980%%€ , oy CH + NADH + H*
Figure 1.6.2

where \ce{NADA{*"V (nicotinamide adenine dinucleotide) and NADH (reduced nicotinamide adenine dinucleotide) are the
oxidized and reduced forms, respectively, of a species used by all organisms to transport electrons. When an alcoholic beverage is
consumed, the ethanol is rapidly absorbed into the blood. Its concentration then decreases at a constant rate until it reaches zero
(Figure 1.6.3a). An average 70 kg person typically takes about 2.5 h to oxidize the 15 mL of ethanol contained in a single 12 oz can

of beer, a 5 oz glass of wine, or a shot of distilled spirits (such as whiskey or brandy). The actual rate, however, varies a great deal
from person to person, depending on body size and the amount of alcohol dehydrogenase in the liver. The reaction rate does not
increase if a greater quantity of alcohol is consumed over the same period of time because the reaction rate is determined only by
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the amount of enzyme present in the liver. Contrary to popular belief, the caffeine in coffee is ineffective at catalyzing the oxidation
of ethanol. When the ethanol has been completely oxidized and its concentration drops to essentially zero, the rate of oxidation also

drops rapidly (part (b) in Figure 1.6.3).

(a) (b)

=
= c
— e
© i}
£
= e
) [
@
=

| \ ] [ |

0 1 2 3 0 1 2 3

Time (h) Time (h)

Figure 1.6.3: The Catalyzed Oxidation of Ethanol (a) The concentration of ethanol in human blood decreases linearly with time,
which is typical of a zeroth-order reaction. (b) The rate at which ethanol is oxidized is constant until the ethanol concentration
reaches essentially zero, at which point the reaction rate drops to zero.

These examples illustrate two important points:

1. In a zeroth-order reaction, the reaction rate does not depend on the reactant concentration.
2. A linear change in concentration with time is a clear indication of a zeroth-order reaction.

First-Order Reactions

In a first-order reaction, the reaction rate is directly proportional to the concentration of one of the reactants. First-order reactions
often have the general form A — products. The differential rate for a first-order reaction is as follows:

rate = —%!:] = k[A] (1.6.5)

If the concentration of A is doubled, the reaction rate doubles; if the concentration of A is increased by a factor of 10, the reaction
rate increases by a factor of 10, and so forth. Because the units of the reaction rate are always moles per liter per second, the units
of a first-order rate constant are reciprocal seconds (s ™).

The integrated rate law for a first-order reaction can be written in two different ways: one using exponents and one using
logarithms. The exponential form is as follows:

[4] = [A]pe ™ (1.6.6)

where [A]o is the initial concentration of reactant A at ¢ = 0; k is the rate constant; and e is the base of the natural logarithms, which
has the value 2.718 to three decimal places. Recall that an integrated rate law gives the relationship between reactant concentration
and time. Equation 1.6.6 predicts that the concentration of A will decrease in a smooth exponential curve over time. By taking the
natural logarithm of each side of Equation 1.6.6 and rearranging, we obtain an alternative logarithmic expression of the relationship

between the concentration of A4 and ¢:
In[A] = In [A]y — kt (1.6.7)
Because Equation 1.6.7 has the form of the algebraic equation for a straight line,

y=mz+b,

with y = In[A] and b = In[A]y, a plot of In[A] versus ¢ for a first-order reaction should give a straight line with a slope of —k and an
intercept of In[A]o. Either the differential rate law (Equation 1.6.5) or the integrated rate law (Equation 1.6.7) can be used to
determine whether a particular reaction is first order.
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Slope = —k

Concentration
In concentration

Time Time
Figure 1.6.4: Graphs of a first-order reaction. The expected shapes of the curves for plots of reactant concentration versus time (top)
and the natural logarithm of reactant concentration versus time (bottom) for a first-order reaction.
First-order reactions are very common. One reaction that exhibits apparent first-order kinetics is the hydrolysis of the anticancer
drug cisplatin. Cisplatin, the first “inorganic” anticancer drug to be discovered, is unique in its ability to cause complete remission
of the relatively rare, but deadly cancers of the reproductive organs in young adults. The structures of cisplatin and its hydrolysis
product are as follows:

H3N NH3 H3N NH3 i
\Pt/ + H,O — \Pt/ cr
o > " b

a a - OH,
Cisplatin

Figure 1.6.5: Cis-platin reaction with water.

Both platinum compounds have four groups arranged in a square plane around a Pt(II) ion. The reaction shown in Figure 1.6.5 is
important because cisplatin, the form in which the drug is administered, is not the form in which the drug is active. Instead, at least
one chloride ion must be replaced by water to produce a species that reacts with deoxyribonucleic acid (DNA) to prevent cell
division and tumor growth. Consequently, the kinetics of the reaction in Figure 1.6.4 have been studied extensively to find ways of
maximizing the concentration of the active species.

If a plot of reactant concentration versus time is not linear but a plot of the natural
logarithm of reactant concentration versus time is linear, then the reaction is first order.
The rate law and reaction order of the hydrolysis of cisplatin are determined from experimental data, such as those displayed in

Table 1.6.1. The table lists initial rate data for four experiments in which the reaction was run at pH 7.0 and 25°C but with different
initial concentrations of cisplatin.

Table 1.6.1: Rates of Hydrolysis of Cisplatin as a Function of Concentration at pH 7.0 and 25°C

Experiment [Cisplatin]g (M) Initial Rate (M/min)
1 0.0060 9.0x107°
2 0.012 1.8 x107°
3 0.024 3.6x107°
4 0.030 45x107°

Because the reaction rate increases with increasing cisplatin concentration, we know this cannot be a zeroth-order reaction.
Comparing Experiments 1 and 2 in Table 1.6.1 shows that the reaction rate doubles [(1.8 x 107> M/min) + (9.0 x 1075 M/min) =
2.0] when the concentration of cisplatin is doubled (from 0.0060 M to 0.012 M). Similarly, comparing Experiments 1 and 4 shows
that the reaction rate increases by a factor of 5 [(4.5 x 10> M/min) + (9.0 x 10~ M/min) = 5.0] when the concentration of cisplatin
is increased by a factor of 5 (from 0.0060 M to 0.030 M). Because the reaction rate is directly proportional to the concentration of

the reactant, the exponent of the cisplatin concentration in the rate law must be 1, so the rate law is rate = k{cisplatin]®. Thus the
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reaction is first order. Knowing this, we can calculate the rate constant using the differential rate law for a first-order reaction and
the data in any row of Table 1.6.1. For example, substituting the values for Experiment 3 into Equation 1.6.5,

3.6 x 107> M/min = k(0.024 M)
1.5%x 10 min ! = k

Knowing the rate constant for the hydrolysis of cisplatin and the rate constants for subsequent reactions that produce species that
are highly toxic enables hospital pharmacists to provide patients with solutions that contain only the desired form of the drug.

v/ Example 1.6.1

At high temperatures, ethyl chloride produces HCI and ethylene by the following reaction:

CH3CH;,Cl (g) 2 HCl(g) + C2Hy (g)

Using the rate data for the reaction at 650°C presented in the following table, calculate the reaction order with respect to the
concentration of ethyl chloride and determine the rate constant for the reaction.

data for the reaction at 650°C

Experiment [CH3CH,Cl]o (M) Initial Rate (M/s)
1 0.010 1.6x1078
2 0.015 2.4x1078
3 0.030 48x1078
4 0.040 6.4x 1078

Given: balanced chemical equation, initial concentrations of reactant, and initial rates of reaction

Asked for: reaction order and rate constant

Strategy:
A. Compare the data from two experiments to determine the effect on the reaction rate of changing the concentration of a

species.
B. Compare the observed effect with behaviors characteristic of zeroth- and first-order reactions to determine the reaction
order. Write the rate law for the reaction.

C Use measured concentrations and rate data from any of the experiments to find the rate constant.
Solution

The reaction order with respect to ethyl chloride is determined by examining the effect of changes in the ethyl chloride
concentration on the reaction rate.

A Comparing Experiments 2 and 3 shows that doubling the concentration doubles the reaction rate, so the reaction rate is
proportional to [CH3;CH,Cl]. Similarly, comparing Experiments 1 and 4 shows that quadrupling the concentration quadruples
the reaction rate, again indicating that the reaction rate is directly proportional to [CH;CH,Cl].

B This behavior is characteristic of a first-order reaction, for which the rate law is rate = klCH3CH,Cl].
C We can calculate the rate constant (k) using any row in the table. Selecting Experiment 1 gives the following:
1.60 x 1078 M/s = k(0.010 M)
1.6x10%s7 1=k
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Sulfuryl chloride (SO,Cl,) decomposes to SO; and Cl, by the following reaction:
SO0,Cly(g) — SO3(g) + Cla(g)

Data for the reaction at 320°C are listed in the following table. Calculate the reaction order with regard to sulfuryl chloride and
determine the rate constant for the reaction.

Data for the reaction at 320°C

Experiment [SO,Cl]y (M) Initial Rate (M/s)
1 0.0050 1.10x 1077
2 0.0075 1.65 x 1077
3 0.0100 2.20 x 1077
4 0.0125 2.75 %1077

Answer
first order; k=2.2 x 107> s71

We can also use the integrated rate law to determine the reaction rate for the hydrolysis of cisplatin. To do this, we examine the
change in the concentration of the reactant or the product as a function of time at a single initial cisplatin concentration. Figure
1.6.6a shows plots for a solution that originally contained 0.0100 M cisplatin and was maintained at pH 7 and 25°C.

-4
10—

8 Cisplatin 1

[+

Concentration (M) X 1073
In[cisplatin]

' ha T e T S P N

S ® & & & & O 0 & &
S & F P D S

& F P
Time (min) Time (min)
(a) (b)

Figure 1.6.6: The Hydrolysis of Cisplatin, a First-Order Reaction. These plots show hydrolysis of cisplatin at pH 7.0 and 25°C as

(a) the experimentally determined concentrations of cisplatin and chloride ions versus time and (b) the natural logarithm of the

cisplatin concentration versus time. The straight line in (b) is expected for a first-order reaction.
The concentration of cisplatin decreases smoothly with time, and the concentration of chloride ion increases in a similar way. When
we plot the natural logarithm of the concentration of cisplatin versus time, we obtain the plot shown in part (b) in Figure 1.6.6. The
straight line is consistent with the behavior of a system that obeys a first-order rate law. We can use any two points on the line to
calculate the slope of the line, which gives us the rate constant for the reaction. Thus taking the points from part (a) in Figure 1.6.6
for t = 100 min ([cisplatin] = 0.0086 M) and t = 1000 min ([cisplatin] = 0.0022 M),

In [cisplatin]1o00 — In [cisplatin]igq
1000 min — 100 min
1n.0.0022 — 1n 0.0086 —6.12 — (—4.76) I
= = =-151x1
1000 min — 100 min 900 min 51 x 107" min
k=15x10"% min~!

slope =

—k

The slope is negative because we are calculating the rate of disappearance of cisplatin. Also, the rate constant has units of min™!
because the times plotted on the horizontal axes in parts (a) and (b) in Figure 1.6.6 are in minutes rather than seconds.
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The reaction order and the magnitude of the rate constant we obtain using the integrated rate law are exactly the same as those we
calculated earlier using the differential rate law. This must be true if the experiments were carried out under the same conditions.

ple using the first order integrated
D: First-Order

ated Rate Law Equation
>

' Watch on [ YouTube
Video Example Using the First-Order Integrated Rate Law Equation:

Example Using the First-Order Integrated Rate Law Equation(opens in new window) [youtu.be]

v/ Example 1.6.2

If a sample of ethyl chloride with an initial concentration of 0.0200 M is heated at 650°C, what is the concentration of ethyl
chloride after 10 h? How many hours at 650°C must elapse for the concentration to decrease to 0.0050 M (k = 1.6 x 1076 s71) ?

Given: initial concentration, rate constant, and time interval

Asked for: concentration at specified time and time required to obtain particular concentration

Strategy:

A. Substitute values for the initial concentration ([A]y) and the calculated rate constant for the reaction (k) into the integrated
rate law for a first-order reaction. Calculate the concentration ([A]) at the given time t.

B. Given a concentration [A], solve the integrated rate law for time t.

Solution

The exponential form of the integrated rate law for a first-order reaction (Equation 1.6.6) is [A] = [A]Oe_k‘.

A Having been given the initial concentration of ethyl chloride ([A]o) and having the rate constant of k = 1.6 x 10 s}, we can
use the rate law to calculate the concentration of the reactant at a given time t. Substituting the known values into the integrated
rate law,

[CH3CH,Cl] 10 » = [CH3CH,Cljpe ™"
= 0.0200 M(e—(1.6x 106 s71)[(10 h)(60 min/h)(60 s/min)])
=0.0189 M

We could also have used the logarithmic form of the integrated rate law (Equation 1.6.7):

In [CH3CH,Cl]10 1 = In [CH3CH,Cl]p — kt
= 1n0.0200 — (1.6 x 10~° s7!)[(10 h)(60 min/h)(60 s/min)]
= —3.912 — 0.0576 = —3.970
[CH3CH,Cl]jon = e 39 M
=0.0189 M

B To calculate the amount of time required to reach a given concentration, we must solve the integrated rate law for ¢. Equation
1.6.7 gives the following:
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In [CH3CH,Cl]; = In [CH3CH,Cl]o — kt
[CH3CH,Cl]g
kt = In [CH3CH,Cl]g — In [CH3CH,Cl); = In ——— =~
n [CH; CH,Cllo — In [CH; CH,Cl); = In [CH3;CH,CIJ;
o Ll [CH;CH,Cl]o \ _ 1 (n 0.0200 M)
Tk [CH3CH.Cll; )~ 1.6 x 10~ s~1 0.0050 M
=¢=8.7xlo5s=240h=2.4x102h
1.6 x 1076 !

? Exercise 1.6.2

In the exercise in Example 1.6.1, you found that the decomposition of sulfuryl chloride (SO2Cly) is first order, and you
calculated the rate constant at 320°C.

a. Use the form(s) of the integrated rate law to find the amount of SO2Cl, that remains after 20 h if a sample with an original
concentration of 0.123 M is heated at 320°C.
b. How long would it take for 90% of the SO,Cl, to decompose?

Answer a
0.0252 M

Answer b
29h

Second-Order Reactions

The simplest kind of second-order reaction is one whose rate is proportional to the square of the concentration of one reactant.
These generally have the form

2 A — products -

A second kind of second-order reaction has a reaction rate that is proportional to the product of the concentrations of two reactants.
Such reactions generally have the form A + B — products. An example of the former is a dimerization reaction, in which two
smaller molecules, each called a monomer, combine to form a larger molecule (a dimer).

The differential rate law for the simplest second-order reaction in which 2A — products is as follows:

rate = —% = k[A]? (1.6.8)

Consequently, doubling the concentration of A quadruples the reaction rate. For the units of the reaction rate to be moles per liter
per second (M/s), the units of a second-order rate constant must be the inverse (M~1s™1). Because the units of molarity are
expressed as mol/L, the unit of the rate constant can also be written as L(mol's).

For the reaction 2A — products, the following integrated rate law describes the concentration of the reactant at a given time:

1 1

Because Equation 1.6.9 has the form of an algebraic equation for a straight line, y = mx + b, with y = 1/[A] and b = 1/[A],, a plot of
1/[A] versus t for a simple second-order reaction is a straight line with a slope of k and an intercept of 1/[A]p.

I Second-order reactions generally have the form 2A — products or A + B — products.
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Video Discussing the Second-Order Integrated Rate Law Equation:
[youtu.be]

Simple second-order reactions are common. In addition to dimerization reactions, two other examples are the decomposition of
NO, to NO and O, and the decomposition of HI to I, and H,. Most examples involve simple inorganic molecules, but there are
organic examples as well. We can follow the progress of the reaction described in the following paragraph by monitoring the
decrease in the intensity of the red color of the reaction mixture.

Many cyclic organic compounds that contain two carbon—carbon double bonds undergo a dimerization reaction to give complex
structures. One example is as follows:

(@] \ Me
| on N/ PhPh
Me Me Me P |
+ —_
Ph Me Me
Ph Ph Ph Ph Me
0]
2 monomers dimer
(red) (colorless)
Figure 1.6.7

For simplicity, we will refer to this reactant and product as “monomer” and “dimer,” respectively. The systematic name of the
monomer is 2,5-dimethyl-3,4-diphenylcyclopentadienone. The systematic name of the dimer is the name of the monomer followed
by “dimer.” Because the monomers are the same, the general equation for this reaction is 2A — product. This reaction represents an
important class of organic reactions used in the pharmaceutical industry to prepare complex carbon skeletons for the synthesis of
drugs. Like the first-order reactions studied previously, it can be analyzed using either the differential rate law (Equation 1.6.8) or
the integrated rate law (Equation 1.6.9).

Table 1.6.2: Rates of Reaction as a Function of Monomer Concentration for an Initial Monomer Concentration of 0.0054 M

Time (min) [Monomer] (M) Instantaneous Rate (M/min)
10 0.0044 8.0x107°
26 0.0034 5.0 x 1075
44 0.0027 3.1x107
70 0.0020 1.8x107°
120 0.0014 8.0x107°
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To determine the differential rate law for the reaction, we need data on how the reaction rate varies as a function of monomer
concentrations, which are provided in Table 1.6.2. From the data, we see that the reaction rate is not independent of the monomer
concentration, so this is not a zeroth-order reaction. We also see that the reaction rate is not proportional to the monomer
concentration, so the reaction is not first order. Comparing the data in the second and fourth rows shows that the reaction rate
decreases by a factor of 2.8 when the monomer concentration decreases by a factor of 1.7:

5.0 x 10~° M/mi . -3

X /m1n=2‘8 and 3.4x10 M=1‘7

1.8 x 107 M/min 20x 1073 M

Because (1.7)? = 2.9 » 2.8, the reaction rate is approximately proportional to the square of the monomer concentration.
rate o« [monomer]?

This means that the reaction is second order in the monomer. Using Equation 1.6.8 and the data from any row in Table 1.6.2, we can
calculate the rate constant. Substituting values at time 10 min, for example, gives the following:

rate = k[A]? (1.6.10)
8.0 x 1075 M/min = k(4.4 x 1073 M)? (1.6.11)
41Mt . mint=k (1.6.12)

We can also determine the reaction order using the integrated rate law. To do so, we use the decrease in the concentration of the
monomer as a function of time for a single reaction, plotted in Figure 1.6.8a. The measurements show that the concentration of the
monomer (initially 5.4 x 1073 M) decreases with increasing time. This graph also shows that the reaction rate decreases smoothly
with increasing time. According to the integrated rate law for a second-order reaction, a plot of 1/[monomer] versus t should be a
straight line, as shown in Figure 1.6.8b. Any pair of points on the line can be used to calculate the slope, which is the second-order
rate constant. In this example, k = 4.1 M '-min"!, which is consistent with the result obtained using the differential rate equation.
Although in this example the stoichiometric coefficient is the same as the reaction order, this is not always the case. The reaction
order must always be determined experimentally.

6 800
700

m 5
= — 600
X ]

4 -
s E s00
= 5
] = 400
£ > S
= ~ 300
s 2=
= 200 —

1 100 T T T T

0 20 40 60 80 100 120 0O 20 40 60 80 100 120
Time (min) Time (min)

(a) (b)

Figure 1.6.8: Dimerization of a Monomeric Compound, a Second-Order Reaction. These plots correspond to dimerization of the
monomer in Figure 14.4.6 as (a) the experimentally determined concentration of monomer versus time and (b) 1/[monomer] versus
time. The straight line in (b) is expected for a simple second-order reaction.

For two or more reactions of the same order, the reaction with the largest rate constant is the fastest. Because the units of the rate
constants for zeroth-, first-, and second-order reactions are different, however, we cannot compare the magnitudes of rate constants
for reactions that have different orders.

v/ Example 1.6.3

At high temperatures, nitrogen dioxide decomposes to nitric oxide and oxygen.

2NO,(g) 2+ 2NO(g) + Oa(g)

Experimental data for the reaction at 300°C and four initial concentrations of NO; are listed in the following table:

Experimental data for the reaction at 300°C and four initial concentrations of NO2
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Experiment [NO2]y (M) Initial Rate (M/s)
1 0.015 1.22 x 1074
2 0.010 5.40 x 107
3 0.0080 3.46 x 107°
4 0.0050 1.35x107°

Determine the reaction order and the rate constant.
Given: balanced chemical equation, initial concentrations, and initial rates

Asked for: reaction order and rate constant

Strategy:

A. From the experiments, compare the changes in the initial reaction rates with the corresponding changes in the initial
concentrations. Determine whether the changes are characteristic of zeroth-, first-, or second-order reactions.

B. Determine the appropriate rate law. Using this rate law and data from any experiment, solve for the rate constant (k).

Solution

A We can determine the reaction order with respect to nitrogen dioxide by comparing the changes in NO, concentrations with
the corresponding reaction rates. Comparing Experiments 2 and 4, for example, shows that doubling the concentration
quadruples the reaction rate [(5.40 x 10™>) + (1.35 x 10™°) = 4.0], which means that the reaction rate is proportional to [NO,]°.
Similarly, comparing Experiments 1 and 4 shows that tripling the concentration increases the reaction rate by a factor of 9,
again indicating that the reaction rate is proportional to [NO,]%. This behavior is characteristic of a second-order reaction.

B We have rate = k[INO,]°. We can calculate the rate constant (k) using data from any experiment in the table. Selecting
Experiment 2, for example, gives the following:

rate = k[NO,]?
5.40 x 107° M/s = k(0.010 M)?2
0.54 M5l =k

? Exercise 1.6.3

When the highly reactive species HO, forms in the atmosphere, one important reaction that then removes it from the
atmosphere is as follows:

2HOy() = H305(g) + Ox(g)

The kinetics of this reaction have been studied in the laboratory, and some initial rate data at 25°C are listed in the following
table:

Some initial rate data at 25°C

Experiment [HOz]p (M) Initial Rate (M/s)
1 1.1x 1078 1.7 x 1077
2 25x10°8 8.8x1077
3 34x1078 1.6x 1078
4 5.0x1078 3.5x1076

Determine the reaction order and the rate constant.

Answer
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l second order in HO; k= 1.4 x 10 M 157!

If a plot of reactant concentration versus time is net linear, but a plot of 1/(reactant concentration) versus time is linear, then the
reaction is second order.

v Example 1.6.4

If a flask that initially contains 0.056 M NO, is heated at 300°C, what will be the concentration of NO, after 1.0 h? How long
will it take for the concentration of NO, to decrease to 10% of the initial concentration? Use the integrated rate law for a
second-order reaction (Equation 1.6.9) and the rate constant calculated above.

Given: balanced chemical equation, rate constant, time interval, and initial concentration

Asked for: final concentration and time required to reach specified concentration

Strategy:
A. Given k, t, and [A]), use the integrated rate law for a second-order reaction to calculate [A].
B. Setting [A] equal to 1/10 of [A]y, use the same equation to solve for ¢.

Solution

A We know k and [NO3]p, and we are asked to determine [NO,] at t = 1 h (3600 s). Substituting the appropriate values into
Equation 1.6.9,

1 _ ! +kt
[NO2)sso0  [NO2]o
= m +[(0.54 M1 - s71)(3600 s)]
=2.0x 103 M™!

Thus [NO>]3600 = 5.1 X 1074 M.

B In this case, we know k and [NO,],, and we are asked to calculate at what time [NO,] = 0.1[NO,], = 0.1(0.056 M) = 0.0056
M. To do this, we solve Equation 1.6.9 for t, using the concentrations given.

_ (1/[NOg]) — (1/[NOgo)

¢ k
_ (1/0.0056 M) — (1/0.056 M)
- 0.54 M—1.g-1

= 3.0 x 10? s = 5.0 min

NO, decomposes very rapidly; under these conditions, the reaction is 90% complete in only 5.0 min.

In the previous exercise, you calculated the rate constant for the decomposition of HO, as k = 1.4 x 10° M™!:s™!. This high rate
constant means that HO, decomposes rapidly under the reaction conditions given in the problem. In fact, the HO, molecule is
so reactive that it is virtually impossible to obtain in high concentrations. Given a 0.0010 M sample of HO,, calculate the
concentration of HO, that remains after 1.0 h at 25°C. How long will it take for 90% of the HO, to decompose? Use the
integrated rate law for a second-order reaction (Equation 1.6.9) and the rate constant calculated in the exercise in Example
1.6.3.

Answer
20x10°8M;6.4%x106s

In addition to the simple second-order reaction and rate law we have just described, another very common second-order reaction
has the general form A + B — products, in which the reaction is first order in A and first order in B. The differential rate law for this
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reaction is as follows:

AlA] __AB]
At = ar - MAIE

rate = —

Because the reaction is first order both in A and in B, it has an overall reaction order of 2. (The integrated rate law for this reaction
is rather complex, so we will not describe it.) We can recognize second-order reactions of this sort because the reaction rate is
proportional to the concentrations of each reactant.

Summary

The reaction rate of a zeroth-order reaction is independent of the concentration of the reactants. The reaction rate of a first-order
reaction is directly proportional to the concentration of one reactant. The reaction rate of a simple second-order reaction is
proportional to the square of the concentration of one reactant. Knowing the rate law of a reaction gives clues to the reaction
mechanism.

o zeroth-order reaction:

__AA] _
rate = —T =k
[A] = [A]o — kt
o first-order reaction:
_ _AlA] _
rate = —T = k[A]
[A] = [A]oe™

In[A] =In[A]p — k¢
« second-order reaction:

A[A]

rate = ~Af = k[A]?
1 1
W me e

1.6: Integrated Rate Laws (Zeroth, First, and second order reactions) is shared under a CC BY-NC-SA 4.0 license and was authored, remixed,
and/or curated by LibreTexts.

e 14.4: The Change of Concentration with Time (Integrated Rate Laws) is licensed CC BY-NC-SA 3.0.
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1.7: Half life

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 1.7.1: 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 10~

or alternatively

or

3471
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:

[Alo )
In|— | =kt
( [4]
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 1.7.1

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 (1.7.1)

y=mz+b (1.7.2)

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 1.7.2: 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 1.7.1.

0

= 17
(e)
o
I
£ -2 4

_3 -

T ] T ™
0 6 12 18 24
Time (h)

Figure 1.7.1: The linear relationship between the In[H,O;] 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
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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 —— (1.7.3)
(4] [4lo

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

v/ Example 1.7.3: 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 1.7.4: 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 1.7.4
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/ 1.7.4
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 1.7.2. 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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Figure 1.7.2: 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 1.7.3 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 1.7.3: 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 1.7.5: 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 1.7.4.

- 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 1.7.4: 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!

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 1.7.1.

Table 1.7.1: 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
. _ Ao _ 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 1.7.1):
0.693

In[A] = —kt+ In [A]o with 1, = —=

o integrated rate law for second-order reactions (Equation 1.7.3):

1 1 .
m=k’t+mwuht1/2—

1
[A]ok
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

This page titled 1.7: Half life is shared under a CC BY license and was authored, remixed, and/or curated by OpenStax.

e 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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1.8: Collision Theory (Effect of temperature on a rate of a reaction)

Learning Objectives

o Use the postulates of collision theory to explain the effects of physical state, temperature, and concentration on reaction
rates

o Define the concepts of activation energy and transition state

o Use the Arrhenius equation in calculations relating rate constants to temperature

We should not be surprised that atoms, molecules, or ions must collide before they can react with each other. Atoms must be close
together to form chemical bonds. This simple premise is the basis for a very powerful theory that explains many observations
regarding chemical kinetics, including factors affecting reaction rates. Collision theory is based on the following postulates:

X Postulates of Collision theory

1. The rate of a reaction is proportional to the rate of reactant collisions:

# collisions

reaction rate oc -
time

2. The reacting species must collide in an orientation that allows contact between the atoms that will become bonded together
in the product.

3. The collision must occur with adequate energy to permit mutual penetration of the reacting species’ valence shells so that
the electrons can rearrange and form new bonds (and new chemical species).

We can see the importance of the two physical factors noted in postulates 2 and 3, the orientation and energy of collisions, when we
consider the reaction of carbon monoxide with oxygen:

2CO(g) + O2(g) — 2CO0a(g)

Carbon monoxide is a pollutant produced by the combustion of hydrocarbon fuels. To reduce this pollutant, automobiles have
catalytic converters that use a catalyst to carry out this reaction. It is also a side reaction of the combustion of gunpowder that
results in muzzle flash for many firearms. If carbon monoxide and oxygen are present in sufficient quantity, the reaction is
spontaneous at high temperature and pressure.

The first step in the gas-phase reaction between carbon monoxide and oxygen is a collision between the two molecules:
CO(g) + O2(g) — CO2(g) + O(9)

Although there are many different possible orientations the two molecules can have relative to each other, consider the two
presented in Figure 1.8.1. In the first case, the oxygen side of the carbon monoxide molecule collides with the oxygen molecule. In
the second case, the carbon side of the carbon monoxide molecule collides with the oxygen molecule. The second case is clearly
more likely to result in the formation of carbon dioxide, which has a central carbon atom bonded to two oxygen atoms (0=C=0).
This is a rather simple example of how important the orientation of the collision is in terms of creating the desired product of the
reaction.

m e No reaction

@0 — -0

More CO- formation

Figure 1.8.1: Illustrated are two collisions that might take place between carbon monoxide and oxygen molecules. The orientation
of the colliding molecules partially determines whether a reaction between the two molecules will occur.
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If the collision does take place with the correct orientation, there is still no guarantee that the reaction will proceed to form carbon
dioxide. Every reaction requires a certain amount of activation energy for it to proceed in the forward direction, yielding an
appropriate activated complex along the way. As Figure 1.8.2 demonstrates, even a collision with the correct orientation can fail to
form the reaction product. In the study of reaction mechanisms, each of these three arrangements of atoms is called a proposed
activated complex or transition state.

0=C+-0=0
o...C...O:O

O - C see O see O

Figure 1.8.2: Possible transition states (activated complexes) for carbon monoxide reacting with oxygen to form carbon dioxide.

Solid lines represent covalent bonds, while dotted lines represent unstable orbital overlaps that may, or may not, become covalent

bonds as product is formed. In the first two examples in this figure, the O=0O double bond is not impacted; therefore, carbon

dioxide cannot form. The third proposed transition state will result in the formation of carbon dioxide if the third “extra” oxygen

atom separates from the rest of the molecule.
In most circumstances, it is impossible to isolate or identify a transition state or activated complex. In the reaction between carbon
monoxide and oxygen to form carbon dioxide, activated complexes have only been observed spectroscopically in systems that

utilize a heterogeneous catalyst. The gas-phase reaction occurs too rapidly to isolate any such chemical compound.

Collision theory explains why most reaction rates increase as concentrations increase. With an increase in the concentration of any
reacting substance, the chances for collisions between molecules are increased because there are more molecules per unit of
volume. More collisions mean a faster reaction rate, assuming the energy of the collisions is adequate.

Activation Energy and the Arrhenius Equation

The minimum energy necessary to form a product during a collision between reactants is called the activation energy (E.). The
kinetic energy of reactant molecules plays an important role in a reaction because the energy necessary to form a product is
provided by a collision of a reactant molecule with another reactant molecule. (In single-reactant reactions, activation energy may
be provided by a collision of the reactant molecule with the wall of the reaction vessel or with molecules of an inert contaminant.)
If the activation energy is much larger than the average kinetic energy of the molecules, the reaction will occur slowly: Only a few
fast-moving molecules will have enough energy to react. If the activation energy is much smaller than the average kinetic energy of
the molecules, the fraction of molecules possessing the necessary kinetic energy will be large; most collisions between molecules
will result in reaction, and the reaction will occur rapidly.

Figure 1.8.3 shows the energy relationships for the general reaction of a molecule of A with a molecule of B to form molecules of C
and D:

A+B—C+D

The figure shows that the energy of the transition state is higher than that of the reactants A and B by an amount equal to E,, the
activation energy. Thus, the sum of the kinetic energies of A and B must be equal to or greater than E, to reach the transition state.
After the transition state has been reached, and as C and D begin to form, the system loses energy until its total energy is lower than
that of the initial mixture. This lost energy is transferred to other molecules, giving them enough energy to reach the transition state.
The forward reaction (that between molecules A and B) therefore tends to take place readily once the reaction has started. In Figure
1.8.3, AH represents the difference in enthalpy between the reactants (A and B) and the products (C and D). The sum of E, and AH
represents the activation energy for the reverse reaction:

C+D— A+B
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Transition state

A+B L

-
- B o e o -

Potential energy

Extent of reaction

Figure 1.8.3: This graph shows the potential energy relationships for the reaction A+ B — C + D. The dashed portion of the curve
represents the energy of the system with a molecule of A and a molecule of B present, and the solid portion the energy of the
system with a molecule of C and a molecule of D present. The activation energy for the forward reaction is represented by E,. The
activation energy for the reverse reaction is greater than that for the forward reaction by an amount equal to AH. The curve’s peak

represents the transition state.

We can use the Arrhenius equation to relate the activation energy and the rate constant, k, of a given reaction:

k= Ae Fe/ET (1.8.1)

In this equation,

e Ris the ideal gas constant, which has a value 8.314 J/mol/K,

o T is temperature on the Kelvin scale,

e E, is the activation energy in joules per mole,

e eis the constant 2.7183, and

e Ais a constant called the frequency factor, which is related to the frequency of collisions and the orientation of the reacting
molecules.

Both postulates of the collision theory of reaction rates are accommodated in the Arrhenius equation. The frequency factor A is

related to the rate at which collisions having the correct orientation occur. The exponential term, e~%+/ET, s related to the fraction

of collisions providing adequate energy to overcome the activation barrier of the reaction.

At one extreme, the system does not contain enough energy for collisions to overcome the activation barrier. In such cases, no
reaction occurs. At the other extreme, the system has so much energy that every collision with the correct orientation can overcome
the activation barrier, causing the reaction to proceed. In such cases, the reaction is nearly instantaneous.

The Arrhenius equation (Equation 1.8.1) describes quantitatively much of what we have already discussed about reaction rates. For
two reactions at the same temperature, the reaction with the higher activation energy has the lower rate constant and the slower
rate. The larger value of E, results in a smaller value for e=Fe/ET reflecting the smaller fraction of molecules with enough energy to
react. Alternatively, the reaction with the smaller E, has a larger fraction of molecules with enough energy to react. This will be
reflected as a larger value of e~E«/BT 3 larger rate constant, and a faster rate for the reaction.
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Figure 1.8.4: (a) As the activation energy of a reaction decreases, the number of molecules with at least this much energy increases,

as shown by the shaded areas. (b) At a higher temperature, T2, more molecules have kinetic energies greater than Ea, as shown by

the yellow shaded area.
An increase in temperature has the same effect as a decrease in activation energy. A larger fraction of molecules has the necessary
energy to react (Figure 1.8.4), as indicated by an increase in the value of e~%+/T_ The rate constant is also directly proportional to
the frequency factor, A. Hence a change in conditions or reactants that increases the number of collisions with a favorable
orientation for reaction results in an increase in A and, consequently, an increase in k.

A convenient approach to determining F, for a reaction involves the measurement of k at different temperatures and using of an
alternate version of the Arrhenius equation that takes the form of linear equation:

—E.\ (1
lnk—( 7 )(T)+lnA

y=mz+b

——* from which E, may be determined. The intercept gives the

Thus, a plot of Ink versus % gives a straight line with the slope

value of In A. This is sometimes call an Arrhenius Plot.

v/ Example 1.8.1

Determination of E, The variation of the rate constant with temperature for the decomposition of HI(g) to Hx(g) and I»(g) is
given here. What is the activation energy for the reaction?

2HI(g) — Ha(g) +Ia(g)

variation of the rate constant with temperature for the decomposition of HI(g) to H2(g) and 12(g)

T (K) k (L/mol/s)
555 3.52x 1077
575 1.22x 1078
645 8.59 x 1075
700 1.16 x 1073
781 3.95 x 1072

Solution

Values of % and In k are:

Solutions to Example 12.5.1
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£ &) In k
1.80 x 1073 -14.860
1.74 x 1073 -13.617
1.55 x 1073 -9.362
1.43x 1072 —6.759
1.28x 1072 -3.231

Figure 1.8.5 is a graph of In k versus % To determine the slope of the line, we need two values of In k, which are determined

from the line at two values of % (one near each end of the line is preferable). For example, the value of In k determined from

the line when % — 1.25 x 10~3 is —2.593; the value when % — 178 x 10~% is —14.447.

A
—2 |

—12

14

T T |
1.4 x10° 1.6 x 10° 1.8 x 10°

1. -

F (K™
Figure 1.8.5: This graph shows the linear relationship between ln % and % for the reaction 2HI — H, + I, according to the
Arrhenius equation.

The slope of this line is given by the following expression:

A(lnk)
1
A(z)
(—14.447) — (—2.593)
(1.78 x 1073 K1) — (1.25 x 103 K1)

__ U84 ook 10°K
0.53 x 1073 K1

— a

R

Slope =

Thus:

E, = —slope x R = —(—2.2 x 10*K x 8.314 Jmol ! K1)
=1.8 x 10° Jmol™*

In many situations, it is possible to obtain a reasonable estimate of the activation energy without going through the entire
process of constructing the Arrhenius plot. The Arrhenius equation:

—EN (1
lnk=( & )(T)+lnA
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can be rearranged as shown to give:

or

1nﬂ_&(i_i)
kk R\, T

This equation can be rearranged to give a one-step calculation to obtain an estimate for the activation energy:

Inky —Ink,
(%) -(7)

T, T
Using the experimental data presented here, we can simply select two data entries. For this example, we select the first entry
and the last entry:

E,=—R

First and Last Entry

T (K) k (L/mol/s) % (K1) In k
555 3.52x 1077 1.80 x 1073 ~14.860
781 3.95 x 1072 1.28 x 1073 =7

. 1 . . .
After calculating T and In k, we can substitute into the equation:

E, =—8.314Jmol ' K™ ( —3.231 — (-14.860) )

1.28 x 1073 K-1—1.80 x 1073 K-!
and the result is E, = 185,900 J/mol.

This method is very effective, especially when a limited number of temperature-dependent rate constants are available for the
reaction of interest.

? Exercise 1.8.1

The rate constant for the rate of decomposition of N>Os to NO and O in the gas phase is 1.66 L/mol/s at 650 K and 7.39
L/mol/s at 700 K:

2N305(g9) — 4NO(g) + 3 02(9)

Assuming the kinetics of this reaction are consistent with the Arrhenius equation, calculate the activation energy for this
decomposition.

Answer

113,000 J/mol

Summary

Chemical reactions require collisions between reactant species. These reactant collisions must be of proper orientation and
sufficient energy in order to result in product formation. Collision theory provides a simple but effective explanation for the effect
of many experimental parameters on reaction rates. The Arrhenius equation describes the relation between a reaction’s rate constant

and its activation energy, temperature, and dependence on collision orientation.
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Key Equations

(] k = Ae_Eﬂ/RT

o Ink= (_Ea) (%) +InA
e mf_Ea (L_i)

kk R \T, T\
Glossary

activated complex

(also, transition state) unstable combination of reactant species representing the highest energy state of a reaction system

activation energy (E,)

energy necessary in order for a reaction to take place

Arrhenius equation

mathematical relationship between the rate constant and the activation energy of a reaction

collision theory

model that emphasizes the energy and orientation of molecular collisions to explain and predict reaction kinetics

frequency factor (A)

proportionality constant in the Arrhenius equation, related to the relative number of collisions having an orientation capable of
leading to product formation

This page titled 1.8: Collision Theory (Effect of temperature on a rate of a reaction) is shared under a CC BY license and was authored, remixed,
and/or curated by OpenStax.

o 12.6: Collision Theory by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.

https://chem.libretexts.org/@go/page/292021


https://libretexts.org/
https://creativecommons.org/licenses/by/4.0/
https://chem.libretexts.org/@go/page/292021?pdf
https://chem.libretexts.org/Courses/Prince_Georges_Community_College/CHEM_1020%3A_General_Chemistry_II_(S.N._Yasapala)/01%3A_Chemical_Kinetics/1.08%3A_Collision_Theory_(Effect_of_temperature_on_a_rate_of_a_reaction)
https://creativecommons.org/licenses/by/
https://openstax.org/
https://chem.libretexts.org/@go/page/38262
https://openstax.org/
https://creativecommons.org/licenses/by/4.0/
https://openstax.org/details/books/chemistry-2e

LibreTexts"

1.E: Kinetics (Practice Problems with Answers)

14.1: Factors that Affect Reaction Rates
Q14.1.1

What information can you obtain by studying the chemical kinetics of a reaction? Does a balanced chemical equation provide the
same information? Why or why not?

S14.1.1

Kinetics gives information on the reaction rate and reaction mechanism; the balanced chemical equation gives only the
stoichiometry of the reaction.

Q14.1.2

If you were tasked with determining whether to proceed with a particular reaction in an industrial facility, why would studying the
chemical kinetics of the reaction be important to you?

S14.1.2

Studying chemical kinetics determines whether to proceed with a reaction as it measures the rate of a reaction. Reactions conducted
in an industrial facility mix compounds together, heating and stirring them for a while, before moving to the next process. When the
compounds are then moved to the next phase of the process it is important to know how long to hold the reaction at one stage
before continuing, to make sure a reaction has finished before starting the next one

Q14.1.3

What is the relationship between each of the following factors and the reaction rate: reactant concentration, temperature of the
reaction, physical properties of the reactants, physical and chemical properties of the solvent, and the presence of a catalyst?

S14.1.3
Reactant concentration:

Reaction rate and the concentration of reactants have a direct relationship; as concentration goes up, so does reaction rate. This is
because a higher concentration causes the reactants to have a higher probability to collide with a another reactant particle, possibly
inducing the chemical reaction. This comes from the Collision theory.

Reaction temperature:

Reaction rate and the reaction temperature also have a direct relationship; as temperature goes up, so does reaction rate. A higher
temperature makes the particles move at a faster speed so when two or more reactant particles collide, they collide with more
energy and are more likely to reach the activation energy threshold, starting a chemical reaction.

Physical properties of the reactants:

If the reactants have the same physical properties, they are more likely to react, increasing the reaction rate, because the reactants
mix and are more likely to collide another one of the reactants.

Physical and chemical properties of the solvent:

The properties of the solvent also affect the rates of a reaction. High viscosity means that particles more slowly than in low
viscosity solvents, so reaction rates are slower in high viscosity solvents than in low viscosity solvents. This indicates an inverse
relationship between viscosity and reaction rate.

Presence of a catalyst:

The chemical definition of a catalyst in a substance that increases the rate of a reaction without being used up in the reaction.

Therefore, if a catalyst is present, reaction rate increases.
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Q14.1.4

A slurry is a mixture of a finely divided solid with a liquid in which it is only sparingly soluble. As you prepare a reaction, you
notice that one of your reactants forms a slurry with the solvent, rather than a solution. What effect will this have on the reaction
rate? What steps can you take to try to solve the problem?

Q14.1.5

Why does the reaction rate of virtually all reactions increase with an increase in temperature? If you were to make a glass of
sweetened iced tea the old-fashioned way, by adding sugar and ice cubes to a glass of hot tea, which would you add first?

S14.1.5

Increasing the temperature increases the average kinetic energy of molecules and ions, causing them to collide more frequently and
with greater energy, which increases the reaction rate. First dissolve sugar in the hot tea, and then add the ice.

Q14.1.6

In a typical laboratory setting, a reaction is carried out in a ventilated hood with air circulation provided by outside air. A student
noticed that a reaction that gave a high yield of a product in the winter gave a low yield of that same product in the summer, even
though his technique did not change and the reagents and concentrations used were identical. What is a plausible explanation for
the different yields?

Q14.1.7

A very active area of chemical research involves the development of solubilized catalysts that are not made inactive during the
reaction process. Such catalysts are expected to increase reaction rates significantly relative to the same reaction run in the presence
of a heterogeneous catalyst. What is the reason for anticipating that the relative rate will increase?

Q14.1.8

Water has a dielectric constant more than two times greater than that of methanol (80.1 for H,O and 33.0 for CH30H). Which
would be your solvent of choice for a substitution reaction between an ionic compound and a polar reagent, both of which are
soluble in either methanol or water? Why?

14.2: Reaction Rates

Q14.2.1

Explain why the reaction rate is generally fastest at early time intervals. For the second-order A + B — C, what would the plot of
the concentration of C versus time look like during the course of the reaction?

S14.2.1

Reactant concentrations are highest at the beginning of a reaction. The plot of [C] versus t is a curve with a slope that becomes
steadily less positive.

Q14.2.2

Explain the differences between a differential rate law and an integrated rate law. What two components do they have in common?
Which form is preferred for obtaining a reaction order and a rate constant? Why?

Q14.2.3

Diffusion-controlled reactions have rates that are determined only by the reaction rate at which two reactant molecules can diffuse
together. These reactions are rapid, with second-order rate constants typically on the order of 10'® L/(mols). Are the reactions
expected to be faster or slower in solvents that have a low viscosity? Why? Consider the reactions H30" + OH™ - 2H,0 and H30"
+ N(CH3)3 » H,0 + HN(CH3)3" in aqueous solution. Which would have the higher rate constant? Why?

S14.2.3

Faster in a less viscous solvent because the rate of diffusion is higher; the H;0*/OH™ reaction is faster due to the decreased relative
size of reactants and the higher electrostatic attraction between the reactants.
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Q14.2.4

What information can be obtained from the reaction order? What correlation does the reaction order have with the stoichiometry of
the overall equation?

Q14.2.5

During the hydrolysis reaction A + H,O — B + C, the concentration of A decreases much more rapidly in a polar solvent than in a
nonpolar solvent. How would this effect be reflected in the overall reaction order?

Q14.2.6

The reaction rate of a particular reaction in which A and B react to make C is as follows:

rate = — A[A] 1 (A[C]
TOAt T 2\ At
Write a reaction equation that is consistent with this rate law. What is the rate expression with respect to time if 2A are converted to
3C?
Q14.2.7

While commuting to work, a person drove for 12 min at 35 mph, then stopped at an intersection for 2 min, continued the commute
at 50 mph for 28 min, drove slowly through traffic at 38 mph for 18 min, and then spent 1 min pulling into a parking space at 3
mph. What was the average rate of the commute? What was the instantaneous rate at 13 min? at 28 min?

Q14.2.8

Why do most studies of chemical reactions use the initial rates of reaction to generate a rate law? How is this initial rate
determined? Given the following data, what is the reaction order? Estimate.

Time (s) [Al(M)
120 0.158
240 0.089
360 0.062

Q14.2.9
Predict how the reaction rate will be affected by doubling the concentration of the first species in each equation.
a. C,HsI —» C,H, + HI: rate = k[C,H;I]
b. SO + O, - SO, + O: rate = k[SO][O,]
c. 2CH;3 - C,Hg: rate = k[CH3]?
d. CIOO - Cl + Oy: rate = k
Q14.2.10

Cleavage of C,Hg to produce two CHj- radicals is a gas-phase reaction that occurs at 700°C. This reaction is first order, with k =
5.46 x 107 s™1. How long will it take for the reaction to go to 15% completion? to 50% completion?

S14.2.10

298s; 1270 s

Q14.2.11

Three chemical processes occur at an altitude of approximately 100 km in Earth’s atmosphere.
N§ +0; 25 N; +0F (LE.1)
0} +0 2 0,4+ 0% (1E.2)
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(Ot + Ny 2 NO* +N (LE.3)

Write a rate law for each elementary reaction. If the rate law for the overall reaction were found to be rate = k[N, *][O5], which one
of the steps is rate limiting?

Q14.2.12
The oxidation of aqueous iodide by arsenic acid to give I3~ and arsenous acid proceeds via the following reaction:
k
H3As04(aq) + 31 (aq) + 2H*(aq) k‘——‘f H3As03(aq) + I3 (aq) + H,0(1)

Write an expression for the initial rate of decrease of [I3”], A[I;”]/At. When the reaction rate of the forward reaction is equal to that
of the reverse reaction: ky/k, = [H3AsO3][13_]/[H3ASO4][I_]3[H+]2. Based on this information, what can you say about the nature of
the rate-determining steps for the reverse and the forward reactions?

14.3: Concentration and Rate

14.4: The Change of Concentration with Time
Ql4.4.1

What are the characteristics of a zeroth-order reaction? Experimentally, how would you determine whether a reaction is zeroth
order?

Q14.4.2

Predict whether the following reactions are zeroth order and explain your reasoning.

a. a substitution reaction of an alcohol with HCI to form an alkyl halide and water
b. catalytic hydrogenation of an alkene

c. hydrolysis of an alkyl halide to an alcohol

d. enzymatic conversion of nitrate to nitrite in a soil bacterium

Q14.4.3

In a first-order reaction, what is the advantage of using the integrated rate law expressed in natural logarithms over the rate law
expressed in exponential form?

Q14.4.4

If the reaction rate is directly proportional to the concentration of a reactant, what does this tell you about (a) the reaction order
with respect to the reactant and (b) the overall reaction order?

Q14.4.5

The reaction of NO with O, is found to be second order with respect to NO and first order with respect to O,. What is the overall
reaction order? What is the effect of doubling the concentration of each reagent on the reaction rate?

Q14.4.6
Todide reduces Fe(III) according to the following reaction:
2Fe*t (soln) + 21~ (soln) — 2Fe* (soln) + I5(soln) (1.E4)

Experimentally, it was found that doubling the concentration of Fe(III) doubled the reaction rate, and doubling the iodide
concentration increased the reaction rate by a factor of 4. What is the reaction order with respect to each species? What is the
overall rate law? What is the overall reaction order?

S14.4.6

First order in Fe3+; second order in I"; third order overall; rate = K[Fe3" 1712

https://chem.libretexts.org/@go/page/292474


https://libretexts.org/
https://chem.libretexts.org/@go/page/292474?pdf
https://chem.libretexts.org/Bookshelves/General_Chemistry/Map%3A_Chemistry_-_The_Central_Science_(Brown_et_al.)/14%3A_Chemical_Kinetics/14.03%3A_Concentration_and_Rates_(Differential_Rate_Laws)
https://chem.libretexts.org/Bookshelves/General_Chemistry/Map%3A_Chemistry_-_The_Central_Science_(Brown_et_al.)/14%3A_Chemical_Kinetics/14.04%3A_The_Change_of_Concentration_with_Time_(Integrated_Rate_Laws)

LibreTexts"

Q14.4.7

Benzoyl peroxide is a medication used to treat acne. Its rate of thermal decomposition at several concentrations was determined
experimentally, and the data were tabulated as follows:

Experiment [Benzoyl Peroxide], (M) Initial Rate (M/s)
1 1.00 2.22x1074
2 0.70 1.64 x 107
3 0.50 1.12x 107
4 0.25 0.59 x 107

What is the reaction order with respect to benzoyl peroxide? What is the rate law for this reaction?

S14.4.7

The general rate law is: rate = k [Benzoyl Peroxide]™. In order to find the reaction order with respect to benzoyl peroxide, divide
two rate laws and solve for m:

ratey ko ( [Benzoyl Perozide]s )m

rate; ki \ [BenzoylPerozide],

M
1.64 x 10 4? 0.070M

m
M ( 1.00M )

2.22 x 104—
S
0.738 = (0.7)™
m = 0.85

rate law: rate = k [Benzoyl Peroxide]%°

Q14.4.8
1-Bromopropane is a colorless liquid that reacts with S,03%~ according to the following reaction:
C3H7Br + $203~ — C3H7S,05 + Br~ (LES5)

The reaction is first order in 1-bromopropane and first order in S,032~, with a rate constant of 8.05 x 10™# M !-s™!. If you began a
reaction with 40 mmol/100 mL of C3H,Br and an equivalent concentration of S,03%~, what would the initial reaction rate be? If
you were to decrease the concentration of each reactant to 20 mmol/100 mL, what would the initial reaction rate be?

S14.4.8

1.29 x 1074 M/s; 3.22 x 107> M/s

Q14.4.9

The experimental rate law for the reaction 3A + 2B — C + D was found to be A[C]/At = k[AT2[B] for an overall reaction that is
third order. Because graphical analysis is difficult beyond second-order reactions, explain the procedure for determining the rate
law experimentally.

14.5: Temperature and Rate

Q14.5.1

Although an increase in temperature results in an increase in kinetic energy, this increase in kinetic energy is not sufficient to

explain the relationship between temperature and reaction rates. How does the activation energy relate to the chemical kinetics of a
reaction? Why does an increase in temperature increase the reaction rate despite the fact that the average kinetic energy is still less
than the activation energy?
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S14.5.1

Activation energy is required for a collision between molecules to result in a chemical reaction, as well it is related to the rate due
to the Arrhenius equation

Activation energy is the threshold of energy needed in order for a reaction to occur. Reactant particles must collide with enough
energy to be able to break chemical bonds, that will then allow the creation of new bonds. If the particles do not have enough
energy, when they collide they will simply bounce off one another.

k=Ae(EaRT) The increase in temperature increases the rate of reaction despite the fact the average kinetic is less than the activation
energy since it increase the rate of collision between molecules.

With an increase in temperature, there is a greater distribution of kinetic energy among reactant particles. This increase of
temperature allows the rate in which particles collide with one another to increase. Although the average kinetic energy is still
lower than the activation energy, the increase of collisions among particles increases the chance of particles that contain enough
energy to overcome the energy barrier to collide. Thus, the reaction rate increases due to this increased rate of collisions.

Additionally, there is a higher amount of molecules that have sufficient kinetic energy to overcome the energy barrier, despite the
average energy of all these molecules still being lower than the activation energy.
Q14.5.2

For any given reaction, what is the relationship between the activation energy and each of the following?

a. electrostatic repulsions
b. bond formation in the activated complex
c. the nature of the activated complex

S14.5.2

1.) Electrostatic repulsion: Electrostatic repulsion is the unfavorable interaction between two species of like charge. Activation
energy 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.

2.) Bond formation in the activated complex: An activated complex is an intermediate state that is formed during the conversion of
reactants into products. Bond breaking can increase activation energy as breaking bonds requires energy.

3.) Nature of the activated complex: The activation energy of a chemical reaction is the difference between the energy of the
activated complex and the energy of the reactants. If the structure has a high steric hindrance the activation energy will be higher.

Q14.5.3

If you are concerned with whether a reaction will occur rapidly, why would you be more interested in knowing the magnitude of
the activation energy than the change in potential energy for the reaction?

Q1454

The product C in the reaction A + B — C + D can be separated easily from the reaction mixture. You have been given pure A and
pure B and are told to determine the activation energy for this reaction to determine whether the reaction is suitable for the
industrial synthesis of C. How would you do this? Why do you need to know the magnitude of the activation energy to make a
decision about feasibility?

Q1455

Above E,, molecules collide with enough energy to overcome the energy barrier for a reaction. Is it possible for a reaction to occur
at a temperature less than that needed to reach E,? Explain your answer.

Q14.5.6

What is the relationship between A, E;, and T? How does an increase in A affect the reaction rate?
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Q14.5.7

Of two highly exothermic reactions with different values of E,, which would need to be monitored more carefully: the one with the
smaller value or the one with the higher value? Why?

Q14.5.8

What happens to the approximate rate of a reaction when the temperature of the reaction is increased from 20°C to 30°C? What
happens to the reaction rate when the temperature is raised to 70°C? For a given reaction at room temperature (20°C), what is the
shape of a plot of reaction rate versus temperature as the temperature is increased to 70°C?

S14.5.8

The reaction rate will approximately double: 20°C to 30°C, the reaction rate increases by about 2! = 2; 20°C to 70°C, the reaction

rate increases by about 2° = 32-fold. A plot of reaction rate versus temperature will give an exponential increase: rate o 28710,

Q14.5.9

Acetaldehyde, used in silvering mirrors and some perfumes, undergoes a second-order decomposition between 700 and 840 K.
From the data in the following table, would you say that acetaldehyde follows the general rule that each 10 K increase in
temperature doubles the reaction rate?

T (K) k (M 1s7Y)
720 0.024
740 0.051
760 0.105
800 0.519

Q14.5.10
Bromoethane reacts with hydroxide ion in water to produce ethanol. The activation energy for this reaction is 90 kJ/mol. If the

reaction rate is 3.6 x 107> M/s at 25°C, what would the reaction rate be at the following temperatures?

a. 15°C
b. 30°C
c. 45°C

Q14.5.11

An enzyme-catalyzed reaction has an activation energy of 15 kcal/mol. How would the value of the rate constant differ between
20°C and 30°C? If the enzyme reduced the E, from 25 kcal/mol to 15 kcal/mol, by what factor has the enzyme increased the
reaction rate at each temperature?

S14.5.11
a.1.0 x 107° M/s
b. 6.6 x 107> M/s
€. 3.5 %107 M/s
Q14.5.12

The data in the following table are the rate constants as a function of temperature for the dimerization of 1,3-butadiene. What is the

activation energy for this reaction?
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T (K) k (M min!)

529 1.4
560 3.7
600 25
645 82

S14.5.12

100 kJ/mol

Q14.5.13

The reaction rate at 25°C is 1.0 x 107 M/s. Increasing the temperature to 75°C causes the reaction rate to increase to 7.0 x 1072
M/s. Estimate E, for this process. If E, were 25 kJ/mol and the reaction rate at 25°C is 1.0 % 10™* M/s, what would be the reaction
rate at 75°C?

14.6: Reaction Mechanisms

Q14.6.1

How does the term molecularity relate to elementary reactions? How does it relate to the overall balanced chemical equation?

Q14.6.2

What is the relationship between the reaction order and the molecularity of a reaction? What is the relationship between the
reaction order and the balanced chemical equation?

Q14.6.3

When you determine the rate law for a given reaction, why is it valid to assume that the concentration of an intermediate does not
change with time during the course of the reaction?

Q14.6.3

If you know the rate law for an overall reaction, how would you determine which elementary reaction is rate determining? If an
intermediate is contained in the rate-determining step, how can the experimentally determined rate law for the reaction be derived
from this step?

Q14.6.4

Give the rate-determining step for each case.

a. Traffic is backed up on a highway because two lanes merge into one.
b. Gas flows from a pressurized cylinder fitted with a gas regulator and then is bubbled through a solution.
c. A document containing text and graphics is downloaded from the Internet.

Q14.6.5
Before being sent on an assignment, an aging James Bond was sent off to a health farm where part of the program’s focus was to
purge his body of radicals. Why was this goal considered important to his health?

S14.6.5

Free radicals are uncharged molecules with an unpaired valence electron. The reason these are so dangerous is because they like to
grab electrons from other atoms to fill their own outer shell. This allows them to impair protein function because free radicals
readily oxidize proteins and cell membrane which could lead to a loss of function. It was important to purge James Bond of radicals

because radicals set off chain reactions of continuously pulling electrons from molecules, which in turn, can damage cells in the
body.
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Q14.6.6

Cyclopropane, a mild anesthetic, rearranges to propylene via a collision that produces and destroys an energized species. The
important steps in this rearrangement are as follows:

& &

AN ky 2
HC——CHy + M = [H,C—CH, | +M
Hy |
k;
c —%5 CH,CH =CH,
CH,

s

H,C

where M is any molecule, including cyclopropane. Only those cyclopropane molecules with sufficient energy (denoted with an
asterisk) can rearrange to propylene. Which step determines the rate constant of the overall reaction?

S14.6.6

When we are trying to decide which step is a rate-determining step, you have to look at which step is the slowest of them all, since
we have no knowledge of the time scale for either of these steps we have to look elsewhere to determine the rate-determining step.

In our specific problem, we do not know what exact molecules we have however we do see that the first step is an equilibrium
since it has a double-headed arrow with two k values one that is the reciprocal of the other. Since it is an equilibrium we can
reasonably assume that energized propane is rapidly created which would lead us to the conclusion that the second step is the
slower of the two steps and is, therefore, the rate-determining step. So, the second step (with k;) determines the rate constant of the
overall reaction.

Q14.6.7
Above approximately 500 K, the reaction between NO, and CO to produce CO, and NO follows the second-order rate law A[CO,]/
At = k[NO,][CO]. At lower temperatures, however, the rate law is A[CO,]/At = k'[NOz]z, for which it is known that NOj is an

intermediate in the mechanism. Propose a complete low-temperature mechanism for the reaction based on this rate law. Which step
is the slowest?

S14.6.7

Given that NOj is an intermediate in the low temperature reaction mechanism, we automatically know two things: 1) NO3; won't
show up in the final overall reaction, and thus, 2) NOj3 will be in the products of the first reaction of the mechanism and in the
reactants of the second reaction. We can also assume that since we're given an intermediate from the problem, this is the only
intermediate (so we won't have to dream up any other compounds that might exist in the series of reactions.) These things being
said, the lower temperature reaction mechanism will look like this:

2NOs(g) — NOs(g) + NO(g) ¢Y)
CO(g) + NOs(g) —+ COx(g) + NO2(9) 2

And the overall reaction will look like this (notice how NOj is not present):
CO(g) + NO5(g) = CO5(g) + NO(g) (overall reaction)

Now that we have the reaction mechanism written out, we can go about determining which step is the slowest. It would be pretty
tricky to do this if we weren't given any further information, however, we know two more things: 1) the high-temperature
mechanism's rate = k[NO»][CO] meaning that it took place in one step (given that the overall reaction is also equal to this rate)
and 2) the low-temperature mechanism'’s rate = k'[NO,]°. These two things being said, we've both confirmed that our proposed
low-temperature reaction mechanism is in fact two steps, and that we have a means to find which step is slower.

By using the "guess-and-check" method we can label each step reaction one at a time as the "slow reaction" and see if the rate
matches up with the rate given to us.

Let's first try the 2nd reaction. (see above)

By using rate laws we can determine that the rate of the reaction must be in terms of its reactants, which follows:
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k[CO]|NO,] (1L.E.6)
... But wait! We can't have the overall reaction rate in terms of an intermediate.

By looking at the 1st reaction, we can determine that we can sub in "[NO,] /[NO]" for "[NO3]" since by writing the full reaction
rate of the first step and solving for [NOs] this is equivalent. So, we now have the overall rate of the mechanism as the following
given the 2nd reaction is the "slow reaction:"

2
Ko (LE7)
Note that NO; is raised to the second power to account for the stoichiometry of the balanced reaction.
So clearly the 2nd reaction isn't the slow reaction since the rate is not equivalent to what we were given!
Let's check the rate of the 1st reaction now...
k[NO,]? (1.E.8)

What do you know... the rates are equal!

We have now confirmed that the 1st reaction is the slow reaction equation, since its rate is equivalent to the overall reaction
rate.

Q14.6.8

Nitramide (O,NNH,) decomposes in aqueous solution to N,O and H,O. What is the experimental rate law (A[N,OJ/At) for the
decomposition of nitramide if the mechanism for the decomposition is as follows?

k;
0,NNH, k;\‘ O,NNH™ +H* (fast)
—1
0,NNH™ 5 N,O + OH- (slow)
H* + OH~ £ H,0 (fast)

Assume that the rates of the forward and reverse reactions in the first equation are equal.

S14.6.8

We know that the slowest step of the reaction is the rate determining step, since it usually has the highest
activation energy requirement. As a result, the slowest step of the reaction is the experimental rate law
we are looking for.

Note: since the slowest step is the rate determining step, that usually means there is some intermediate in
between. Intermediates should NEVER be a part of the rate law mechanism.

rate = rates = ko[OoNNH™| (L.E.9)

Since Nitramide is an intermediate, we must find some way to substitute it. To solve that problem, we
look for where Nitramide is produced and consumed. We see that

ratel = ’Gl [OgNNHg] (lEIO)
rate_1 = k_l [OQNNH_] [H+] (lEll)

Since these two rates produce and consume the same amount of O,NNH— over the same time period, we can set them equal to
each other and solve for the intermediate

rate; = rate_; (1.E.12)
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kl[OZNNHZ] = k_l[OgNNH_] [H+] (1.E.13)
[OzNNH_] = % (1.E.14)

Substituting this equation back into our original equation gives us

k1[0, NNHy)
= =ky————— 1.E.1
rate = rates = ky bl ( 5)
With all of the rate constants (k), we can clean up our equation a little bit by saying
LY (1E.16)
k_y
Leaving us with
_ K[O:NNH;)]
rate = W (1.E.17)
Al14.6.8
_ kifOoNNHp] _ [ONNH,]
rate = ko k2 [H] = [
Q14.6.9
The following reactions are given:
A+B é C+D (1.E.18)
k1
D+EXF (1.E.19)
What is the relationship between the relative magnitudes of k_; and k; if these reactions have the following rate law?
AlF] _ [A][BI[E]
Ar =k ] (1.E.20)
How does the magnitude of k; compare to that of £2? Under what conditions would you expect the rate law to be
AlF] _ .,
_— = ? L.
AL K'[A]|B] (L.E.21)
Assume that the rates of the forward and reverse reactions in the first equation are equal.
S14.6.9
First, because we have broken the equations down into elementary steps we can write the rate laws for each step.
Step1:
A+BE 04D (1.E.22)
rate = k;[A][B] (1.E.23)
Step 2:
C+D*%54+B (LE.24)
rate = k_,[C][D] (1.E.25)
Step 3:
D+EXF (1.E.26)
rate = ky[D][E] (LE.27)
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If we add a these steps together we see that we get overall reaction
A+B+E—C+F (1.E.28)
we can see that [D] is an intermediate and

ki=k_y (1.E.29)

Since we are not told which steps are fast or slow we need to use Steady State Approximation.
If the second step is the slower step (k-;>>k,) then our rate determining step would be
rate = ko[ D][E] (1.E.30)

Since we can only write rate laws in terms of products and reactants we have to rewrite this so that we are not including an
intermediate.

Assume: rate of [D] formation = rate of its disappearance

k1[A][B] = k-1[C][D] + ko[ D][E] (1.E.31)
k1[A][B] = [D](k-1[C] + k2[E]) (LE.32)
Solving for [D] we find that
k1[A][B]
D) = 1.E.33
PI= GO+ RlED (1533
now we can use this to substitute the intermediate [D] in the rate law to get an appropriate rate law.
kok1[A][B][E]
te= ——— —— 1.E.34
T RO+ Rl .
because we had already established k-;>>k, we can assume that
k-1[C] + ks[E] = k—1[C] (1.E.35)
this would give us the observed rate law
A[F] _ ksk:[A][B][E]
N E— (1.E.36)
to make this clearer we can set
(k2) (k1)
k= 1.E.37
) ( )
and we can then simplify it down to
A[F] _ ., [AlIBI[E]
A =k ] (1.E.38)

we can see that all of these rate constants are related by this ratio k,k;/k-; Since k is our rate determining step k-;>>k, and since
k;=k-; then we can see that k;>>k,

We would expect the rate law to be

% = k'[A][B]? (LE-39)

if the rate determining step aka the slowest step is that corresponding to (step 1) since the rate law for this step is k;[A][B] and this
is the exact the same as the rate law that we were given.

14.7: Catalysis
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Q14.7.1

What effect does a catalyst have on the activation energy of a reaction? What effect does it have on the frequency factor (A)? What
effect does it have on the change in potential energy for the reaction?

S14.7.1

A catalyst lowers the activation energy of a reaction. Some catalysts can also orient the reactants and thereby increase the
frequency factor. Catalysts have no effect on the change in potential energy for a reaction.

Q14.7.2

How is it possible to affect the product distribution of a reaction by using a catalyst?

Q14.7.3

A heterogeneous catalyst works by interacting with a reactant in a process called adsorption. What occurs during this process?
Explain how this can lower the activation energy.

S14.7.3

In adsorption, a reactant binds tightly to a surface. Because intermolecular interactions between the surface and the reactant weaken
or break bonds in the reactant, its reactivity is increased, and the activation energy for a reaction is often decreased.

Q14.7.4

What effect does increasing the surface area of a heterogeneous catalyst have on a reaction? Does increasing the surface area affect
the activation energy? Explain your answer.

Q14.7.5

Identify the differences between a heterogeneous catalyst and a homogeneous catalyst in terms of the following.

a. ease of recovery

b. collision frequency

C. temperature sensitivity
d. cost

S14.7.4
a. Heterogeneous catalysts are easier to recover.
b. Collision frequency is greater for homogeneous catalysts.
c. Homogeneous catalysts are often more sensitive to temperature.
d. Homogeneous catalysts are often more expensive.

Q14.7.6

An area of intensive chemical research involves the development of homogeneous catalysts, even though homogeneous catalysts
generally have a number of operational difficulties. Propose one or two reasons why a homogenous catalyst may be preferred.

S14.7.6

Catalysts are compounds that, when added to chemical reactions, reduce the activation energy and increase the reaction rate. The
amount of a catalyst does not change during a reaction, as it is not consumed as part of the reaction process. Catalysts lower the
energy required to reach the transition state of the reaction, allowing more molecular interactions to achieve that state. However,
catalysts do not affect the degree to which a reaction progresses. In other words, though catalysts affect reaction kinetics, the
equilibrium state remains unaffected.

Catalysts can be classified into two types: homogenous and heterogeneous. Homogenous catalysts are those which exist in the
same phase (gas or liquid) as the reactants, while heterogeneous catalysts are not in the same phase as the reactants. Typically,
heterogeneous catalysis involves the use of solid catalysts placed in a liquid reaction mixture. For this question, we will be
discussing homogenous catalysts.
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Most of the times, homogeneous catalysis involves the introduction of an aqueous phase catalyst into an aqueous solution of
reactants. One reason why homogeneous catalysts are preferred over heterogeneous catalysts because homogeneous catalysts mix
well in chemical reactions in comparison to heterogeneous catalysts. However, homogeneous catalyst is often irrecoverable after
the reaction has run to completion.

Q14.7.7

Consider the following reaction between cerium(IV) and thallium(T) ions:
2Ce*" + TIT — 2Ce3" + TI (1.E.40)

This reaction is slow, but Mn?" catalyzes it, as shown in the following mechanism:

Ce't + Mn%t — Ce3* 4 Mn*+ (1.E.41)
Ce*" + Mn3" — Ce¥t 4 Mn** (1.E.42)
Mn** + T1T — T3 4 Mn?* (1.E.43)

In what way does Mn2* increase the reaction rate?

S14.7.7

The Mn2" ion donates two electrons to Ce#*, one at a time, and then accepts two electrons from T1*. Because Mn can exist in three
oxidation states separated by one electron, it is able to couple one-electron and two-electron transfer reactions.

Q14.7.8

The text identifies several factors that limit the industrial applications of enzymes. Still, there is keen interest in understanding how
enzymes work for designing catalysts for industrial applications. Why?

S14.7.8

Enzymes are expensive to make, denature and fail at certain temperatures, are not that stable in a solution, and are very specific to
the reaction it was made for. However, scientists can use the observations from enzymes to create catalysts that are more effective
in aiding the reaction and cost less to produce. Overall, catalysts still play a large part in lowering the activation energy for
reactions. Creating new catalysts can help in the improvement of areas such as medical, ecological, and even commercial products.

Q14.7.9

Most enzymes have an optimal pH range; however, care must be taken when determining pH effects on enzyme activity. A decrease
in activity could be due to the effects of changes in pH on groups at the catalytic center or to the effects on groups located
elsewhere in the enzyme. Both examples are observed in chymotrypsin, a digestive enzyme that is a protease that hydrolyzes
polypeptide chains. Explain how a change in pH could affect the catalytic activity due to (a) effects at the catalytic center and (b)
effects elsewhere in the enzyme. (Hint: remember that enzymes are composed of functional amino acids.)

Q14.7.10

At some point during an enzymatic reaction, the concentration of the activated complex, called an enzyme—substrate complex (ES),
and other intermediates involved in the reaction is nearly constant. When a single substrate is involved, the reaction can be
represented by the following sequence of equations:

enzyme (E) + substrate (S) = enzyme-substrate complex (ES) (L.E.44)
& enzyme (E) + product (P)

This can also be shown as follows:

k: k
E+S=SESXE+P (1.E.45)
k—1 k_2
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Using molar concentrations and rate constants, write an expression for the rate of disappearance of the enzyme—substrate complex.
Typically, enzyme concentrations are small, and substrate concentrations are high. If you were determining the rate law by varying
the substrate concentrations under these conditions, what would be your apparent reaction order?

S14.7.10

A[j;s] = —(ka + k—1)[ES] + k1| E][S] + k—2[ E][P] =~ 0; zeroth order in substrate.

Q14.7.11

A particular reaction was found to proceed via the following mechanism:

e A+ B— C+ D(slow)
e 2C — E (fast)
. E+A—)B+F(fast)

What is the overall reaction? Is this reaction catalytic, and if so, what species is the catalyst? Identify the intermediates

Q14.7.12

A particular reaction has two accessible pathways (A and B), each of which favors conversion of X to a different product (Y and Z,
respectively). Under uncatalyzed conditions pathway A is favored, but in the presence of a catalyst pathway B is favored. Pathway
B is reversible, whereas pathway A is not. Which product is favored in the presence of a catalyst? without a catalyst? Draw a
diagram illustrating what is occurring with and without the catalyst.

S14.7.12

In both cases, the product of pathway A is favored. All of the Z produced in the catalyzed reversible pathway B will eventually be
converted to X as X is converted irreversibly to Y by pathway A.

Q14.7.13

The kinetics of an enzyme-catalyzed reaction can be analyzed by plotting the reaction rate versus the substrate concentration. This
type of analysis is referred to as a Michaelis—Menten treatment. At low substrate concentrations, the plot shows behavior
characteristic of first-order kinetics, but at very high substrate concentrations, the behavior shows zeroth-order kinetics. Explain
this phenomenon.

1.E: Kinetics (Practice Problems with Answers) 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 Equilibrium

4b Learning Objectives

o To understand what is meant by chemical equilibrium.

In the last chapter, we discussed the principles of chemical kinetics, which deal with the rate of change, or how quickly a given
chemical reaction occurs. We now turn our attention to the extent to which a reaction occurs and how reaction conditions affect the
final concentrations of reactants and products. For most of the reactions that we have discussed so far, you may have assumed that
once reactants are converted to products, they are likely to remain that way. In fact, however, virtually all chemical reactions are
reversible to some extent. That is, an opposing reaction occurs in which the products react, to a greater or lesser degree, to re-form
the reactants. Eventually, the forward and reverse reaction rates become the same, and the system reaches chemical equilibrium,
the point at which the composition of the system no longer changes with time.

=

Figure 2.1.1: Dinitrogen tetroxide is a powerful oxidizer that reacts spontaneously upon contact with various forms of hydrazine,

which makes the pair a popular propellant combination for rockets. Nitrogen dioxide at =196 °C, 0 °C, 23 °C, 35 °C, and 50 °C.

(NOy) converts to the colorless dinitrogen tetroxide (N,Oy4) at low temperatures, and reverts to NO, at higher temperatures. (CC

BY-SA 3.0; Eframgoldberg).
Chemical equilibrium is a dynamic process that consists of a forward reaction, in which reactants are converted to products, and a
reverse reaction, in which products are converted to reactants. At equilibrium, the forward and reverse reactions proceed at equal
rates. Consider, for example, a simple system that contains only one reactant and one product, the reversible dissociation of
dinitrogen tetroxide (N2Oy) to nitrogen dioxide (NOz). You may recall that NO; is responsible for the brown color we associate with
smog. When a sealed tube containing solid N,Q4 (mp = —9.3°C; bp = 21.2°C) is heated from —78.4°C to 25°C, the red-brown color
of NO, appears (Figure 2.1.1). The reaction can be followed visually because the product (NO,) is colored, whereas the reactant (
N;,0,) is colorless:

k
N304 (g) =2 2NO, (g) (2.1.1)
colorless ke red—brown

The double arrow indicates that both the forward reaction

N204 (g) <% 2NO, (g) (2.1.2)
and reverse reaction
2NO2 (g) £ N204 (g) (2.1.3)

occurring simultaneously (i.e, the reaction is reversible). However, this does not necessarily mean the system is equilibrium as the
following chapter demonstrates.

Figure 2.1.2 shows how the composition of this system would vary as a function of time at a constant temperature. If the initial
concentration of NQO, were zero, then it increases as the concentration of N,O4 decreases. Eventually the composition of the system

stops changing with time, and chemical equilibrium is achieved. Conversely, if we start with a sample that contains no NyO4 but an
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initial NO, concentration twice the initial concentration of N3O, (Figure 2.1.2a), in accordance with the stoichiometry of the

reaction, we reach exactly the same equilibrium composition (Figure 2.1.2b). Thus equilibrium can be approached from either
direction in a chemical reaction.

Equilibrium Equilibrium
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Figure 2.1.2: The Composition of NyO4/NO; Mixtures as a Function of Time at Room Temperature. (a) Initially, this idealized

system contains 0.0500 M gaseous N204 and no gaseous NO2. The concentration of N2O4 decreases with time as the concentration

of NO, increases. (b) Initially, this system contains 0.1000 M NO, and no N,0,4. The concentration of NO, decreases with time as

the concentration of N,O, increases. In both cases, the final concentrations of the substances are the same: [N;04] = 0.0422 M and [

NO.] = 0.0156 M at equilibrium. (CC BY-SA-NC; Anonymous by request)
Figure 2.1.3 shows the forward and reverse reaction rates for a sample that initially contains pure NQO,. Because the initial
concentration of N,Qy is zero, the forward reaction rate (dissociation of N3Qy,) is initially zero as well. In contrast, the reverse
reaction rate (dimerization of NO,) is initially very high (2.0 x 10® M/s), but it decreases rapidly as the concentration of NO,
decreases. As the concentration of N,Q, increases, the rate of dissociation of N5Q4 increases—but more slowly than the
dimerization of NO;—because the reaction is only first order in N;O4 (rate = k¢[N2O4], where ky is the rate constant for the forward
reaction in Equations 2.1.1 and 2.1.2). Eventually, the forward and reverse reaction rates become identical, k¢ = k., and the system
has reached chemical equilibrium. If the forward and reverse reactions occur at different rates, then the system is not at

equilibrium.
Equilibrium
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Figure 2.1.3: The Forward and Reverse Reaction Rates as a Function of Time for the N3O4)=2NO5) System Shown in Part (b) in
Figure 2.1.2. (CC BY-SA-NC; Anonymous by request)

The rate of dimerization of NO, (reverse reaction) decreases rapidly with time, as expected for a second-order reaction. Because the
initial concentration of N3Oy is zero, the rate of the dissociation reaction (forward reaction) at ¢ = 0 is also zero. As the dimerization
reaction proceeds, the N2O4 concentration increases, and its rate of dissociation also increases. Eventually the rates of the two
reactions are equal: chemical equilibrium has been reached, and the concentrations of N2O4 and NO2 no longer change.
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I At equilibrium, the forward reaction rate is equal to the reverse reaction rate.

v/ Example 2.1.1

The three reaction systems (1, 2, and 3) depicted in the accompanying illustration can all be described by the equation:
2A=B

where the blue circles are A and the purple ovals are B. Each set of panels shows the changing composition of one of the three
reaction mixtures as a function of time. Which system took the longest to reach chemical equilibrium?
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reaction system 1 reaction system 2 reaction system 3

Given: three reaction systems
Asked for: relative time to reach chemical equilibrium
Strategy:

Compare the concentrations of A and B at different times. The system whose composition takes the longest to stabilize took the
longest to reach chemical equilibrium.

Solution:

In systems 1 and 3, the concentration of A decreases from ¢, through ¢, but is the same at both ¢, and ¢3. Thus systems 1 and 3
are at equilibrium by ¢3. In system 2, the concentrations of A and B are still changing between ¢, and ¢3, so system 2 may not
yet have reached equilibrium by ¢3. Thus system 2 took the longest to reach chemical equilibrium.

? Exercise 2.1.1

In the following illustration, A is represented by blue circles, B by purple squares, and C by orange ovals; the equation for the
reaction is A + B & C. The sets of panels represent the compositions of three reaction mixtures as a function of time. Which, if
any, of the systems shown has reached equilibrium?
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Answer
system 2
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A Video Introduction to Dynamic Equilibrium:

Summary

At equilibrium, the forward and reverse reactions of a system proceed at equal rates. Chemical equilibrium is a dynamic process
consisting of forward and reverse reactions that proceed at equal rates. At equilibrium, the composition of the system no longer
changes with time. The composition of an equilibrium mixture is independent of the direction from which equilibrium is
approached.
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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)

2.3: Expressing the Equilibrium Constant in Terms of Pressure 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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2.4: Calculating the Equilibrium Constant From Measured Equilibrium
Concentrations

4} Learning Objectives

o To solve quantitative problems involving chemical equilibriums.

There are two fundamental kinds of equilibrium problems:

1. those in which we are given the concentrations of the reactants and the products at equilibrium (or, more often, information that
allows us to calculate these concentrations), and we are asked to calculate the equilibrium constant for the reaction; and

2. those in which we are given the equilibrium constant and the initial concentrations of reactants, and we are asked to calculate
the concentration of one or more substances at equilibrium. In this section, we describe methods for solving both kinds of
problems.

Calculating an Equilibrium Constant from Equilibrium Concentrations

We saw in the exercise in Example 6 in Section 15.2 that the equilibrium constant for the decomposition of CaCOg(s) to CaO(,) and
COyy) is K = [CO,]. At 800°C, the concentration of CO; in equilibrium with solid CaCO; and CaO is 2.5 x 102 M. Thus K at
800°C is 2.5 x 10~%, (Remember that equilibrium constants are unitless.)

A more complex example of this type of problem is the conversion of n-butane, an additive used to increase the volatility of
gasoline, into isobutane (2-methylpropane).

n-butane isobutane (2-methylpropane)

This reaction can be written as follows:
n-butane) = isobutane g (2.4.1)

and the equilibrium constant K = [isobutane]/[n-butane]. At equilibrium, a mixture of n-butane and isobutane at room temperature
was found to contain 0.041 M isobutane and 0.016 M n-butane. Substituting these concentrations into the equilibrium constant
expression,

_ [isobutane]

=——=0041M=2. 2.4.2
[n-butane] 0.0 6 (24.2)

Thus the equilibrium constant for the reaction as written is 2.6.

v/ Example 2.4.1

The reaction between gaseous sulfur dioxide and oxygen is a key step in the industrial synthesis of sulfuric acid:
25035 + Oz(g) = 2503,

A mixture of SO; and O; was maintained at 800 K until the system reached equilibrium. The equilibrium mixture contained

e 50x1072 M SO;,
e 35x1073 M O,, and
e 3.0x107% M SO,.
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Calculate K and K, at this temperature.

Given: balanced equilibrium equation and composition of equilibrium mixture
Asked for: equilibrium constant

Strategy

Write the equilibrium constant expression for the reaction. Then substitute the appropriate equilibrium concentrations into this
equation to obtain K.

Solution
Substituting the appropriate equilibrium concentrations into the equilibrium constant expression,
[SO3)? (5.0 x 107%)2

K= = =179 x 10*
[SO22[05] (3.0 x 107%)2(3.5 x 1073%)

To solve for K, we use the relationship derived previously
K, = K(RT)*"
where Ap =2—-3=—1:
K, = K(RT)A"
K, = 7.9 x 10*[(0.08206 L - atm/mol - K)(800K)] !

K,=1.2x10%

? Exercise 2.4.1

Hydrogen gas and iodine react to form hydrogen iodide via the reaction
2NOClg) = 2NO, + Cly,

A mixture of H, and I» was maintained at 740 K until the system reached equilibrium. The equilibrium mixture contained

e 1.37x 1072 M HI,
e 6.47 x 1073 M H,, and
e 5.94x107* M I,.

Calculate K and K, for this reaction.

Answer

K =488 and K, = 48.8

Chemists are not often given the concentrations of all the substances, and they are not likely to measure the equilibrium
concentrations of all the relevant substances for a particular system. In such cases, we can obtain the equilibrium
concentrations from the initial concentrations of the reactants and the balanced chemical equation for the reaction, as long as
the equilibrium concentration of one of the substances is known. Example 2.4.2 shows one way to do this.

v/ Example 2.4.2

A 1.00 mol sample of NOC! was placed in a 2.00 L reactor and heated to 227°C until the system reached equilibrium. The
contents of the reactor were then analyzed and found to contain 0.056 mol of Cl,. Calculate K at this temperature. The

equation for the decomposition of NOC! to NO and Clj is as follows:
\[2 NOCIL_{(g)} \rightleftharpoons 2NO_{(g)}+Cl_{2(g)}\nonumber \]

Given: balanced equilibrium equation, amount of reactant, volume, and amount of one product at equilibrium

Asked for: K
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Strategy:
A. Write the equilibrium constant expression for the reaction. Construct a table showing the initial concentrations, the changes

in concentrations, and the final concentrations (as initial concentrations plus changes in concentrations).

B. Calculate all possible initial concentrations from the data given and insert them in the table.

C. Use the coefficients in the balanced chemical equation to obtain the changes in concentration of all other substances in the
reaction. Insert those concentration changes in the table.

D. Obtain the final concentrations by summing the columns. Calculate the equilibrium constant for the reaction.

Solution
A The first step in any such problem is to balance the chemical equation for the reaction (if it is not already balanced) and use
it to derive the equilibrium constant expression. In this case, the equation is already balanced, and the equilibrium constant

expression is as follows:

_ [NOP[Cl]
K= [NOCI)?

To obtain the concentrations of NOCI, NO, and Cl, at equilibrium, we construct a table showing what is known and what needs
to be calculated. We begin by writing the balanced chemical equation at the top of the table, followed by three lines
corresponding to the initial concentrations, the changes in concentrations required to get from the initial to the final state, and

the final concentrations.

2NOClg) = 2NOy,) + Clyy,

ICE [NOCT] [NOJ [Cla]

Initial
Change
Final
B Initially, the system contains 1.00 mol of NOC! in a 2.00 L container. Thus [NOCI]; = 1.00 mol/2.00 L = 0.500 M. The initial

concentrations of NO and Cl, are 0 M because initially no products are present. Moreover, we are told that at equilibrium the
system contains 0.056 mol of Cl, in a 2.00 L container, so [Cla] s = 0.056 mol/2.00 L = 0.028 M. We insert these values into the

following table:
2NOCl ) = 2NO, + Clyy
ICE [NoCi] [NO| [Cl,)
Initial 0.500 0 0
Change
Final 0.028

C We use the stoichiometric relationships given in the balanced chemical equation to find the change in the concentration of

Cls,, the substance for which initial and final concentrations are known:
A[Cl3] = 0.028 M{finap) — 0.00 Minisiay)] = +0.028 M

According to the coefficients in the balanced chemical equation, 2 mol of NO are produced for every 1 mol of Cl,, so the

change in the NO concentration is as follows:

0.028 mot€l \ [ 2 mol NO
7 ) ( = 0.056 M

AlNOl = ( 1_mokCl;
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Similarly, 2 mol of NOC!? are consumed for every 1 mol of Cl, produced, so the change in the NOC! concentration is as
follows:

0.028 mok€T; \ (—2 mol NOCI
A[NOCY = ~ Pl —0.056 M
2

We insert these values into our table:

2NOClg) = 2NO, + Cly,

ICE [Nocy] [NO| [Cl,]
Initial 0.500 0 0
Change —-0.056 +0.056 +0.028
Final 0.028

D We sum the numbers in the [NOCI] and [NO] columns to obtain the final concentrations of NO and NOC!:
[NO]s = 0.000 M + 0.056 M = 0.056 M
[NOCI|; = 0.500 M + (—0.056 M) = 0.444M
We can now complete the table:

2NOClg) = 2NOy) + Clyy,

ICE \(INOCl] [NO] [Cly]
initial 0.500 0 0
change -0.056 +0.056 +0.028

final 0.444 0.056 0.028

We can now calculate the equilibrium constant for the reaction:

_ [NO?[Cls] _ (0.056)2(0.028)

= =45x107*
[NOCI2 (0.444)2 X

? Exercise 2.4.2

The German chemist Fritz Haber (1868—1934; Nobel Prize in Chemistry 1918) was able to synthesize ammonia (NHs) by
reacting 0.1248 M H, and 0.0416 M N, at about 500°C. At equilibrium, the mixture contained 0.00272 M NHj. What is K for
the reaction

Ns+3Hy &= 2NH;3

at this temperature? What is K,?

Answer

K =0.105 and K, = 2.61 x 10~
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A Video Disucssing Using ICE Tables to find Kc: [youtu.be]

Calculating Equilibrium Concentrations from the Equilibrium Constant

To describe how to calculate equilibrium concentrations from an equilibrium constant, we first consider a system that contains only
a single product and a single reactant, the conversion of n-butane to isobutane (Equation 2.4.1), for which K = 2.6 at 25°C. If we
begin with a 1.00 M sample of n-butane, we can determine the concentration of n-butane and isobutane at equilibrium by
constructing a table showing what is known and what needs to be calculated, just as we did in Example 2.4.2.

n-butane(;) = isobutane(,

ICE [n-butaney) [isobutaneg]
Initial
Change

Final

The initial concentrations of the reactant and product are both known: [n-butane]i = 1.00 M and [isobutane]i = 0 M. We need to
calculate the equilibrium concentrations of both n-butane and isobutane. Because it is generally difficult to calculate final
concentrations directly, we focus on the change in the concentrations of the substances between the initial and the final
(equilibrium) conditions. If, for example, we define the change in the concentration of isobutane (A[isobutane]) as +, then the
change in the concentration of n-butane is A[n-butane] = —z. This is because the balanced chemical equation for the reaction tells
us that 1 mol of n-butane is consumed for every 1 mol of isobutane produced. We can then express the final concentrations in terms
of the initial concentrations and the changes they have undergone.

n-butane(;) + isobutaneg)

ICE [o-butane )] lisobutaneq)]
Initial 1.00 0
Change —z +z
Final (1.00 — z) O+z)=2

Substituting the expressions for the final concentrations of n-butane and isobutane from the table into the equilibrium equation,

_ [isobutane]  z

= = =2.
[n-butane] 1.00 —z 6

Rearranging and solving for z,
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z=2.6(1.00—z) = 2.6 — 2.6z
z+ 2.6 = 2.6
z=0.72

We obtain the final concentrations by substituting this z value into the expressions for the final concentrations of n-butane and
isobutane listed in the table:

[n-butane] ; = (1.00 — z) M = (1.00 — 0.72)M = 0.28 M
[isobutane] s = (0.00 + z)M = (0.00+0.72)M = 0.72 M

We can check the results by substituting them back into the equilibrium constant expression to see whether they give the same K
that we used in the calculation:

=2.6

K [isobutane] (0.72 M )

~ [o-butene]  \ 0.28 M
This is the same K we were given, so we can be confident of our results.

Example 2.4.3 illustrates a common type of equilibrium problem that you are likely to encounter.

v/ Example 2.4.3: The water—gas shift reaction

The water—gas shift reaction is important in several chemical processes, such as the production of H, for fuel cells. This
reaction can be written as follows:

Hy(g) + COyg) = HyO(g) + CO)

K =0.106 at 700 K. If a mixture of gases that initially contains 0.0150 M H, and 0.0150 M CO, is allowed to equilibrate at 700
K, what are the final concentrations of all substances present?

Given: balanced equilibrium equation, K, and initial concentrations
Asked for: final concentrations
Strategy:

A. Construct a table showing what is known and what needs to be calculated. Define z as the change in the concentration of
one substance. Then use the reaction stoichiometry to express the changes in the concentrations of the other substances in
terms of z. From the values in the table, calculate the final concentrations.

B. Write the equilibrium equation for the reaction. Substitute appropriate values from the ICE table to obtain z.

C. Calculate the final concentrations of all species present. Check your answers by substituting these values into the
equilibrium constant expression to obtain K.

Solution

A The initial concentrations of the reactants are [Hj); = [CO2]; = 0.0150 M. Just as before, we will focus on the change in the
concentrations of the various substances between the initial and final states. If we define the change in the concentration of
H,0 as z, then A[H,0] = +z. We can use the stoichiometry of the reaction to express the changes in the concentrations of the
other substances in terms of z. For example, 1 mol of CO is produced for every 1 mol of H;O, so the change in the CO
concentration can be expressed as A[CO] = +z. Similarly, for every 1 mol of H,O produced, 1 mol each of Hs; and CO; are
consumed, so the change in the concentration of the reactants is A[Hz] = A[COs] = —z. We enter the values in the following
table and calculate the final concentrations.

Hyg) + COsg) 7 HyO(g) + CO(y)
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ICE [Hy] [COy] [H20] [cO]
Initial 0.0150 0.0150 0 0
Change -z —z +z +az
Final (0.0150 — z) (0.0150 — z) z T

B We can now use the equilibrium equation and the given K to solve for z:

_ [HO)[cO] _ (z)(2) z’

= [HiCOs] ~ (0.0150—2)(0.0150—z — (0.0150 —g)2 0

We could solve this equation with the quadratic formula, but it is far easier to solve for z by recognizing that the left side of the
equation is a perfect square; that is,

z2 T 2
= = '1
(0.0150 — 2)2 ( 0.0150—% ) 0-106

Taking the square root of the middle and right terms,

m = (0.106)Y/2 = 0.326
z = (0.326)(0.0150) — 0.326x
1.326z = 0.00489
z = 0.00369 = 3.69 x 1073

C The final concentrations of all species in the reaction mixture are as follows:

[Hy]s = [Hs)s + A[H,] = (0.0150 — 0.00369) M = 0.0113 M
[CO,)s = [COs)i + A[CO5] = (0.0150 — 0.00369) M = 0.0113 M
[H20) s = [H20]; + A[H20] = (0 + 0.00369) M = 0.00369 M
[CO|; = [CO); + A[CO] = (0 + 0.00369) M = 0.00369 M

We can check our work by inserting the calculated values back into the equilibrium constant expression:

_ [H:0][CO] _ (0.00369)*
~ [HJICOs] — (0.0113)2

K =0.107

To two significant figures, this K is the same as the value given in the problem, so our answer is confirmed.

? Exercise 2.4.3

Hydrogen gas reacts with iodine vapor to give hydrogen iodide according to the following chemical equation:
Hyg) + Iy = 2HI (g

K =54 at 425°C. If 0.172 M H; and I are injected into a reactor and maintained at 425°C until the system equilibrates, what is
the final concentration of each substance in the reaction mixture?

Answer
o [HI|; =0270 M
o [H3ls=[I];=0.037M

In Example 2.4.3, the initial concentrations of the reactants were the same, which gave us an equation that was a perfect square and
simplified our calculations. Often, however, the initial concentrations of the reactants are not the same, and/or one or more of the
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products may be present when the reaction starts. Under these conditions, there is usually no way to simplify the problem, and we
must determine the equilibrium concentrations with other means. Such a case is described in Example 2.4.4.

v/ Example 2.4.4

In the water—gas shift reaction shown in Example 2.4.3, a sample containing 0.632 M CO2 and 0.570 M H, is allowed to
equilibrate at 700 K. At this temperature, K = 0.106. What is the composition of the reaction mixture at equilibrium?

Given: balanced equilibrium equation, concentrations of reactants, and K
Asked for: composition of reaction mixture at equilibrium
Strategy:

A. Write the equilibrium equation. Construct a table showing the initial concentrations of all substances in the mixture.
Complete the table showing the changes in the concentrations (\(x) and the final concentrations.

B. Write the equilibrium constant expression for the reaction. Substitute the known K value and the final concentrations to
solve for z.

C. Calculate the final concentration of each substance in the reaction mixture. Check your answers by substituting these values
into the equilibrium constant expression to obtain K.

Solution

A [CO,]; =0.632 M and [H,); = 0.570 M. Again, z is defined as the change in the concentration of H,O: A[H,0] = +z. Because
1 mol of CO is produced for every 1 mol of H,O, the change in the concentration of CO is the same as the change in the
concentration of H20, so A[CO] = +x. Similarly, because 1 mol each of H, and CO, are consumed for every 1 mol of H,O
produced, A[H2] = A[CO,] = —z. The final concentrations are the sums of the initial concentrations and the changes in
concentrations at equilibrium.

Hyg) + COyg) 7 Hy0(g) + CO(y)

ICE Hyg) COy) H>O0(, COy,
Initial 0.570 0.632 0 0
Change —z —z + +z
Final (0.570 — z) (0.632 —z) z T

B We can now use the equilibrium equation and the known K value to solve for z:

_ [H0[c0] ?

T HJ[CO4 ~ (0570 —2)(0.632—17) 0.106

In contrast to Example 2.4.3, however, there is no obvious way to simplify this expression. Thus we must expand the
expression and multiply both sides by the denominator:

z? = 0.106(0.360 — 1.202z + %)
Collecting terms on one side of the equation,
0.894z” + 0.127z — 0.0382 = 0

This equation can be solved using the quadratic formula:

_ —b+Vb?—4dac _ —0.127 + /(0.127)% — 4(0.894)(—0.0382)
T= 2a = 2(0.894)

z = 0.148 and — 0.290

Only the answer with the positive value has any physical significance, so A[H;0] = A[CO] = +0.148M, and A[H;] = A[CO,]
=—0.148 M.
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C The final concentrations of all species in the reaction mixture are as follows:

[Ho)f[= [Holi + A[H2] = 0.570 M — 0.148 M = 0.422M
[CO,]; = [CO:); + A[COs] = 0.632 M — 0.148 M = 0.484M
[H20)5 = [H20]; + A[H20] = 0 M +0.148 M = 0.148 M
[CO]; = [CO); + A[CO] = OM +0.148 M = 0.148M

We can check our work by substituting these values into the equilibrium constant expression:

_ [H:0][cO] (0.148)?

K= Tmlico, = (0422)(0.484)

=0.107

Because K is essentially the same as the value given in the problem, our calculations are confirmed.

? Exercise 2.4.4

The exercise in Example 2.4.1 showed the reaction of hydrogen and iodine vapor to form hydrogen iodide, for which K = 54 at
425°C. If a sample containing 0.200 M H, and 0.0450 M I, is allowed to equilibrate at 425°C, what is the final concentration
of each substance in the reaction mixture?

Answer
o [Hi]; =0.0882 M
e [Hy];=0.156 M
o [L]y=92x10"*M

In many situations it is not necessary to solve a quadratic (or higher-order) equation. Most of these cases involve reactions for
which the equilibrium constant is either very small (K <1073) or very large (K > 10%), which means that the change in the
concentration (defined as z) is essentially negligible compared with the initial concentration of a substance. Knowing this
simplifies the calculations dramatically, as illustrated in Example 2.4.5.

v/ Example 2.4.5

Atmospheric nitrogen and oxygen react to form nitric oxide:
Nyg) + Os) = 2NO)
with K, = 2.0 x 1073 at 25°C.
What is the partial pressure of NO in equilibrium with N, and O, in the atmosphere (at 1 atm, Py, = 0.78 atm and Py, = 0.21
atm?
Given: balanced equilibrium equation and values of K,, Py,, and Py,
Asked for: partial pressure of NO
Strategy:

A. Construct a table and enter the initial partial pressures, the changes in the partial pressures that occur during the course of
the reaction, and the final partial pressures of all substances.

B. Write the equilibrium equation for the reaction. Then substitute values from the table to solve for the change in
concentration (\(x).

C. Calculate the partial pressure of NO. Check your answer by substituting values into the equilibrium equation and solving
for K.

Solution

A Because we are given Kp and partial pressures are reported in atmospheres, we will use partial pressures. The initial partial
pressure of O, is 0.21 atm and that of N is 0.78 atm. If we define the change in the partial pressure of NO as 2z, then the
change in the partial pressure of O, and of Na is —z because 1 mol each of N, and of O; is consumed for every 2 mol of NO
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produced. Each substance has a final partial pressure equal to the sum of the initial pressure and the change in that pressure at

equilibrium.
Ny(g) + Oz = 2NO,
ICE Py, Py, Pro
Initial 0.78 0.21 0
Change —x — +2z
Final (0.78 — ) (0.21— ) 2

B Substituting these values into the equation for the equilibrium constant,

_ (Pvo)® (22)? _ )
Ky = (Pw,)(Po,) ~ (0.78—)(0.21 —x) 2.0 x 10731

In principle, we could multiply out the terms in the denominator, rearrange, and solve the resulting quadratic equation. In
practice, it is far easier to recognize that an equilibrium constant of this magnitude means that the extent of the reaction will be
very small; therefore, the z value will be negligible compared with the initial concentrations. If this assumption is correct, then
to two significant figures, (0.78 — z) = 0.78 and (0.21 — z) = 0.21. Substituting these expressions into our original equation,

(22)?

g0 x107™
(0.78)(0.21) X

422

_ —31
016 2.0 x 10

g2 033x 10731
- 4

£79.1 x 1077
C Substituting this value of « into our expressions for the final partial pressures of the substances,

e Pyo =2z atm = 1.8x 1071 atm
e Py, =(0.78 — z) atm = 0.78 atm
e Pp, =(0.21—z) atm = 0.21 atm

From these calculations, we see that our initial assumption regarding z was correct: given two significant figures, 2.0 x 107 is
certainly negligible compared with 0.78 and 0.21. When can we make such an assumption? As a general rule, if z is less than
about 5% of the total, or 1073 > K > 102, then the assumption is justified. Otherwise, we must use the quadratic formula or
some other approach. The results we have obtained agree with the general observation that toxic NO, an ingredient of smog,
does not form from atmospheric concentrations of N, and O, to a substantial degree at 25°C. We can verify our results by
substituting them into the original equilibrium equation:

2 —16)2
Kp _ (PNO) _ (1.8 x 10 )

= —31
= ®Pw)(Poy) 08021y  20x10

The final K, agrees with the value given at the beginning of this example.

? Exercise 2.4.5
Under certain conditions, oxygen will react to form ozone, as shown in the following equation:
30y(g) = 205

with K, = 2.5 x 1075 at 25°C. What ozone partial pressure is in equilibrium with oxygen in the atmosphere (P, = 0.21 atm)?

Answer
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l 4.8 x 10~ atm

Another type of problem that can be simplified by assuming that changes in concentration are negligible is one in which the
equilibrium constant is very large (K > 10%). A large equilibrium constant implies that the reactants are converted almost entirely to
products, so we can assume that the reaction proceeds 100% to completion. When we solve this type of problem, we view the
system as equilibrating from the products side of the reaction rather than the reactants side. This approach is illustrated in Example
2.4.6.

v/ Example 2.4.6

The chemical equation for the reaction of hydrogen with ethylene (C2H,) to give ethane (CyHsg) is as follows:

Ni
Hy(g) + CoHyg) = C2He(g)

with K =9.6 x 10'® at 25°C. If a mixture of 0.200 M H, and 0.155 M C,H, is maintained at 25°C in the presence of a
powdered nickel catalyst, what is the equilibrium concentration of each substance in the mixture?

Given: balanced chemical equation, K, and initial concentrations of reactants
Asked for: equilibrium concentrations
Strategy:

A. Construct a table showing initial concentrations, concentrations that would be present if the reaction were to go to
completion, changes in concentrations, and final concentrations.

B. Write the equilibrium constant expression for the reaction. Then substitute values from the table into the expression to solve
for z (the change in concentration).

C. Calculate the equilibrium concentrations. Check your answers by substituting these values into the equilibrium equation.

Solution:

A From the magnitude of the equilibrium constant, we see that the reaction goes essentially to completion. Because the initial
concentration of ethylene (0.155 M) is less than the concentration of hydrogen (0.200 M), ethylene is the limiting reactant; that
is, no more than 0.155 M ethane can be formed from 0.155 M ethylene. If the reaction were to go to completion, the
concentration of ethane would be 0.155 M and the concentration of ethylene would be 0 M. Because the concentration of
hydrogen is greater than what is needed for complete reaction, the concentration of unreacted hydrogen in the reaction mixture
would be 0.200 M — 0.155 M = 0.045 M. The equilibrium constant for the forward reaction is very large, so the equilibrium
constant for the reverse reaction must be very small. The problem then is identical to that in Example 2.4.5. If we define —z as
the change in the ethane concentration for the reverse reaction, then the change in the ethylene and hydrogen concentrations is
+z. The final equilibrium concentrations are the sums of the concentrations for the forward and reverse reactions.

Ni
Hy(g) + CaHy) = CaHg()

IACE [Hag)] [CaHyg)] [C2Heg(g)]
Initial 0.200 0.155 0
Assuming 100% reaction 0.045 0 0.155
Change +z +z —z
Final (0.045 + z) 0+ z) (0.155 — )

B Substituting values into the equilibrium constant expression,

[CoHyg) 0.155 — z 18
K= = =9.6 x 10
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Once again, the magnitude of the equilibrium constant tells us that the equilibrium will lie far to the right as written, so the
reverse reaction is negligible. Thus z is likely to be very small compared with either 0.155 M or 0.045 M, and the equation can
be simplified ((0.045 + z) = 0.045 and (0.155 — z) = 0.155) as follows:

0155 8
K=o =96x10
z=36x10"%

C The small z value indicates that our assumption concerning the reverse reaction is correct, and we can therefore calculate the
final concentrations by evaluating the expressions from the last line of the table:

o [C:He); = (0.155 —z) M = 0.155 M

. [CzH4]f =z M=36x10"°M
o [Hy);=(0.045+z) M =0.045 M

We can verify our calculations by substituting the final concentrations into the equilibrium constant expression:

[CoHy) 0.155 8
K= = =9.6x10
[H3][C2Hy]  (0.045)(3.6 x 10~19)

This K value agrees with our initial value at the beginning of the example.

? Exercise 2.4.6

Hydrogen reacts with chlorine gas to form hydrogen chloride:
Hy(g) + Clag) = 2HCl)

with K, =4.0 x 10* at 47°C. If a mixture of 0.257 M H, and 0.392 M (I, is allowed to equilibrate at 47°C, what is the
equilibrium composition of the mixture?

Answer

[Ho); =4.8x 10732 M [Cl,]; = 0.135 M [HCI|; = 0.514 M

A Video Discussing Using ICE Tables to find Eq. Concentrations & Kc:
[youtu.be]

Summary

Various methods can be used to solve the two fundamental types of equilibrium problems: (1) those in which we calculate the
concentrations of reactants and products at equilibrium and (2) those in which we use the equilibrium constant and the initial
concentrations of reactants to determine the composition of the equilibrium mixture. When an equilibrium constant is calculated
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from equilibrium concentrations, molar concentrations or partial pressures are substituted into the equilibrium constant expression
for the reaction. Equilibrium constants can be used to calculate the equilibrium concentrations of reactants and products by using
the quantities or concentrations of the reactants, the stoichiometry of the balanced chemical equation for the reaction, and a tabular
format to obtain the final concentrations of all species at equilibrium.

2.4: Calculating the Equilibrium Constant From Measured Equilibrium Concentrations is shared under a not declared license and was authored,
remixed, and/or curated by LibreTexts.

« 15.5: Calculating Equilibrium Constants is licensed CC BY-NC-SA 3.0.
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2.5: Heterogeneous Equilibria (when reactants are in more than one phase)

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:

ab, _ [cOP _ [cOp

= = = 2.5.2
aco,0c [COq](1] [COq] ( )
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: Heterogeneous Equilibria (when reactants are in more than one phase) is shared under a CC BY-NC-SA 4.0 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: Finding Equilibrium Concentrations

4b Learning Objectives

e To solve quantitative problems involving chemical equilibriums.

There are two fundamental kinds of equilibrium problems:

1. those in which we are given the concentrations of the reactants and the products at equilibrium (or, more often, information that
allows us to calculate these concentrations), and we are asked to calculate the equilibrium constant for the reaction; and

2. those in which we are given the equilibrium constant and the initial concentrations of reactants, and we are asked to calculate
the concentration of one or more substances at equilibrium. In this section, we describe methods for solving both kinds of
problems.

Calculating an Equilibrium Constant from Equilibrium Concentrations

We saw in the exercise in Example 6 in Section 15.2 that the equilibrium constant for the decomposition of CaCOg(,) to CaO,) and
COy(y) is K = [CO,). At 800°C, the concentration of CO, in equilibrium with solid CaCO3 and CaO is 2.5 x 102 M. Thus K at
800°C is 2.5 x 10~3. (Remember that equilibrium constants are unitless.)

A more complex example of this type of problem is the conversion of n-butane, an additive used to increase the volatility of
gasoline, into isobutane (2-methylpropane).

)
< ?'_ ]
- ) -
n-butane isobutane (2-methylpropane)
This reaction can be written as follows:
n-butane) = isobutane g (2.6.1)

and the equilibrium constant K = [isobutane]/[n-butane]. At equilibrium, a mixture of n-butane and isobutane at room temperature
was found to contain 0.041 M isobutane and 0.016 M n-butane. Substituting these concentrations into the equilibrium constant
expression,

_ [isobutane]

=———F=0.041M=26 2.6.2
[n-butane] ( )

Thus the equilibrium constant for the reaction as written is 2.6.

v Example 2.6.1

The reaction between gaseous sulfur dioxide and oxygen is a key step in the industrial synthesis of sulfuric acid:
2503(g) + On(g) = 25035
A mixture of SO, and O, was maintained at 800 K until the system reached equilibrium. The equilibrium mixture contained

e 5.0x 1072 M SO3,
e 3.5x1072 M Oy, and
e 3.0x107% M SO,.

Calculate K and K, at this temperature.
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Given: balanced equilibrium equation and composition of equilibrium mixture

Asked for: equilibrium constant

Strategy

Write the equilibrium constant expression for the reaction. Then substitute the appropriate equilibrium concentrations into this
equation to obtain K.

Solution

Substituting the appropriate equilibrium concentrations into the equilibrium constant expression,

[SO3)? (5.0 x 1072)2 n
K= = =79x%x10
[SO2]%[03] (3.0 x 107%)2(3.5 x 1079)

To solve for K, we use the relationship derived previously
K, = K(RT)*"
where Ap =2—3=—1:
K, = K(RT)*"
K, = 7.9 x 10*[(0.08206 L - atm/mol - K)(800K)]~!

K,=12x 10

? Exercise 2.6.1

Hydrogen gas and iodine react to form hydrogen iodide via the reaction
2NOClg) = 2NO g + Clyg,

A mixture of H, and I, was maintained at 740 K until the system reached equilibrium. The equilibrium mixture contained

e 1.37x1072 M HI,
e 6.47 x 1078 M H,, and
e 594x107* M I

Calculate K and K, for this reaction.

Answer

K =488 and K, = 48.8

Chemists are not often given the concentrations of all the substances, and they are not likely to measure the equilibrium
concentrations of all the relevant substances for a particular system. In such cases, we can obtain the equilibrium
concentrations from the initial concentrations of the reactants and the balanced chemical equation for the reaction, as long as
the equilibrium concentration of one of the substances is known. Example 2.6.2 shows one way to do this.

v/ Example 2.6.2

A 1.00 mol sample of NOCI was placed in a 2.00 L reactor and heated to 227°C until the system reached equilibrium. The
contents of the reactor were then analyzed and found to contain 0.056 mol of Cl,. Calculate K at this temperature. The
equation for the decomposition of NOCI to NO and Clj is as follows:

\[2 NOCIL_{(g)} \rightleftharpoons 2NO_{(g)}+Cl_{2(g)}\nonumber \]
Given: balanced equilibrium equation, amount of reactant, volume, and amount of one product at equilibrium

Asked for: K
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Strategy:
A. Write the equilibrium constant expression for the reaction. Construct a table showing the initial concentrations, the changes

in concentrations, and the final concentrations (as initial concentrations plus changes in concentrations).

B. Calculate all possible initial concentrations from the data given and insert them in the table.

C. Use the coefficients in the balanced chemical equation to obtain the changes in concentration of all other substances in the
reaction. Insert those concentration changes in the table.

D. Obtain the final concentrations by summing the columns. Calculate the equilibrium constant for the reaction.

Solution
A The first step in any such problem is to balance the chemical equation for the reaction (if it is not already balanced) and use
it to derive the equilibrium constant expression. In this case, the equation is already balanced, and the equilibrium constant

expression is as follows:

_ [NOP[Cl]
K= [NOCI)?

To obtain the concentrations of NOCI, NO, and Cl, at equilibrium, we construct a table showing what is known and what needs
to be calculated. We begin by writing the balanced chemical equation at the top of the table, followed by three lines
corresponding to the initial concentrations, the changes in concentrations required to get from the initial to the final state, and

the final concentrations.

2NOClg) = 2NOy,) + Clyy,

ICE [NOCT] [NOJ [Cla]

Initial
Change
Final
B Initially, the system contains 1.00 mol of NOC! in a 2.00 L container. Thus [NOCI]; = 1.00 mol/2.00 L = 0.500 M. The initial

concentrations of NO and Cl, are 0 M because initially no products are present. Moreover, we are told that at equilibrium the
system contains 0.056 mol of Cl, in a 2.00 L container, so [Cla] s = 0.056 mol/2.00 L = 0.028 M. We insert these values into the

following table:
2NOCl ) = 2NO, + Clyy
ICE [NoCi] [NO| [Cl,)
Initial 0.500 0 0
Change
Final 0.028

C We use the stoichiometric relationships given in the balanced chemical equation to find the change in the concentration of

Cls,, the substance for which initial and final concentrations are known:
A[Cl3] = 0.028 M{finap) — 0.00 Minisiay)] = +0.028 M

According to the coefficients in the balanced chemical equation, 2 mol of NO are produced for every 1 mol of Cl,, so the

change in the NO concentration is as follows:

0.028 mot€l \ [ 2 mol NO
7 ) ( = 0.056 M

AlNOl = ( 1_mokCl;
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Similarly, 2 mol of NOC!? are consumed for every 1 mol of Cl, produced, so the change in the NOC! concentration is as
follows:

0.028 mok€T; \ (—2 mol NOCI
A[NOCY = ~ Pl —0.056 M
2

We insert these values into our table:

2NOClg) = 2NO, + Cly,

ICE [Nocy] [NO| [Cl,]
Initial 0.500 0 0
Change —-0.056 +0.056 +0.028
Final 0.028

D We sum the numbers in the [NOCI] and [NO] columns to obtain the final concentrations of NO and NOC!:
[NO]s = 0.000 M + 0.056 M = 0.056 M
[NOCI|; = 0.500 M + (—0.056 M) = 0.444M
We can now complete the table:

2NOClg) = 2NOy) + Clyy,

ICE \(INOCl] [NO] [Cly]
initial 0.500 0 0
change -0.056 +0.056 +0.028

final 0.444 0.056 0.028

We can now calculate the equilibrium constant for the reaction:

_ [NO?[Cls] _ (0.056)2(0.028)

= =45x107*
[NOCI2 (0.444)2 X

? Exercise 2.6.2

The German chemist Fritz Haber (1868—1934; Nobel Prize in Chemistry 1918) was able to synthesize ammonia (NHs) by
reacting 0.1248 M H, and 0.0416 M N, at about 500°C. At equilibrium, the mixture contained 0.00272 M NHj. What is K for
the reaction

Ns+3Hy &= 2NH;3

at this temperature? What is K,?

Answer

K =0.105 and K, = 2.61 x 10~
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A Video Disucssing Using ICE Tables to find Kc: [youtu.be]

Calculating Equilibrium Concentrations from the Equilibrium Constant

To describe how to calculate equilibrium concentrations from an equilibrium constant, we first consider a system that contains only
a single product and a single reactant, the conversion of n-butane to isobutane (Equation 2.6.1), for which K = 2.6 at 25°C. If we
begin with a 1.00 M sample of n-butane, we can determine the concentration of n-butane and isobutane at equilibrium by
constructing a table showing what is known and what needs to be calculated, just as we did in Example 2.6.2.

n-butane(;) = isobutane(,

ICE [n-butaney) [isobutaneg]
Initial
Change

Final

The initial concentrations of the reactant and product are both known: [n-butane]i = 1.00 M and [isobutane]i = 0 M. We need to
calculate the equilibrium concentrations of both n-butane and isobutane. Because it is generally difficult to calculate final
concentrations directly, we focus on the change in the concentrations of the substances between the initial and the final
(equilibrium) conditions. If, for example, we define the change in the concentration of isobutane (A[isobutane]) as +, then the
change in the concentration of n-butane is A[n-butane] = —z. This is because the balanced chemical equation for the reaction tells
us that 1 mol of n-butane is consumed for every 1 mol of isobutane produced. We can then express the final concentrations in terms
of the initial concentrations and the changes they have undergone.

n-butane(;) + isobutaneg)

ICE [o-butane )] lisobutaneq)]
Initial 1.00 0
Change —z +z
Final (1.00 — z) O+z)=2

Substituting the expressions for the final concentrations of n-butane and isobutane from the table into the equilibrium equation,

_ [isobutane]  z

= = =2.
[n-butane] 1.00 —z 6

Rearranging and solving for z,
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z=2.6(1.00—z) = 2.6 — 2.6z
z+ 2.6 = 2.6
z=0.72

We obtain the final concentrations by substituting this z value into the expressions for the final concentrations of n-butane and
isobutane listed in the table:

[n-butane] ; = (1.00 — z) M = (1.00 — 0.72)M = 0.28 M
[isobutane] s = (0.00 + z)M = (0.00+0.72)M = 0.72 M

We can check the results by substituting them back into the equilibrium constant expression to see whether they give the same K
that we used in the calculation:

=2.6

K [isobutane] (0.72 M )

~ [o-butene]  \ 0.28 M
This is the same K we were given, so we can be confident of our results.

Example 2.6.3 illustrates a common type of equilibrium problem that you are likely to encounter.

v Example 2.6.3: The water—gas shift reaction

The water—gas shift reaction is important in several chemical processes, such as the production of H, for fuel cells. This
reaction can be written as follows:

Hy(g) + COyg) = HyO(g) + CO)

K =0.106 at 700 K. If a mixture of gases that initially contains 0.0150 M H, and 0.0150 M CO, is allowed to equilibrate at 700
K, what are the final concentrations of all substances present?

Given: balanced equilibrium equation, K, and initial concentrations
Asked for: final concentrations
Strategy:

A. Construct a table showing what is known and what needs to be calculated. Define z as the change in the concentration of
one substance. Then use the reaction stoichiometry to express the changes in the concentrations of the other substances in
terms of z. From the values in the table, calculate the final concentrations.

B. Write the equilibrium equation for the reaction. Substitute appropriate values from the ICE table to obtain z.

C. Calculate the final concentrations of all species present. Check your answers by substituting these values into the
equilibrium constant expression to obtain K.

Solution

A The initial concentrations of the reactants are [Hj); = [CO2]; = 0.0150 M. Just as before, we will focus on the change in the
concentrations of the various substances between the initial and final states. If we define the change in the concentration of
H,0 as z, then A[H,0] = +z. We can use the stoichiometry of the reaction to express the changes in the concentrations of the
other substances in terms of z. For example, 1 mol of CO is produced for every 1 mol of H;O, so the change in the CO
concentration can be expressed as A[CO] = +z. Similarly, for every 1 mol of H,O produced, 1 mol each of Hs; and CO; are
consumed, so the change in the concentration of the reactants is A[Hz] = A[COs] = —z. We enter the values in the following
table and calculate the final concentrations.

Hyg) + COsg) 7 HyO(g) + CO(y)
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ICE [Hy] [COy] [H20] [cO]
Initial 0.0150 0.0150 0 0
Change -z —z +z +az
Final (0.0150 — z) (0.0150 — z) z T

B We can now use the equilibrium equation and the given K to solve for z:

_ [HO)[cO] _ (z)(2) z’

= [HiCOs] ~ (0.0150—2)(0.0150—z — (0.0150 —g)2 0

We could solve this equation with the quadratic formula, but it is far easier to solve for z by recognizing that the left side of the
equation is a perfect square; that is,

z2 T 2
= = '1
(0.0150 — 2)2 ( 0.0150—% ) 0-106

Taking the square root of the middle and right terms,

m = (0.106)Y/2 = 0.326
z = (0.326)(0.0150) — 0.326x
1.326z = 0.00489
z = 0.00369 = 3.69 x 1073

C The final concentrations of all species in the reaction mixture are as follows:

[Hy]s = [Hs)s + A[H,] = (0.0150 — 0.00369) M = 0.0113 M
[CO,)s = [COs)i + A[CO5] = (0.0150 — 0.00369) M = 0.0113 M
[H20) s = [H20]; + A[H20] = (0 + 0.00369) M = 0.00369 M
[CO|; = [CO); + A[CO] = (0 + 0.00369) M = 0.00369 M

We can check our work by inserting the calculated values back into the equilibrium constant expression:

_ [H:0][CO] _ (0.00369)*
~ [HJICOs] — (0.0113)2

K =0.107

To two significant figures, this K is the same as the value given in the problem, so our answer is confirmed.

? Exercise 2.6.3

Hydrogen gas reacts with iodine vapor to give hydrogen iodide according to the following chemical equation:
Hyg) + Iy = 2HI (g

K =54 at 425°C. If 0.172 M H; and I are injected into a reactor and maintained at 425°C until the system equilibrates, what is
the final concentration of each substance in the reaction mixture?

Answer
o [HI|; =0270 M
o [H3ls=[I];=0.037M

In Example 2.6.3, the initial concentrations of the reactants were the same, which gave us an equation that was a perfect square and
simplified our calculations. Often, however, the initial concentrations of the reactants are not the same, and/or one or more of the
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products may be present when the reaction starts. Under these conditions, there is usually no way to simplify the problem, and we
must determine the equilibrium concentrations with other means. Such a case is described in Example 2.6.4.

v/ Example 2.6.4

In the water—gas shift reaction shown in Example 2.6.3, a sample containing 0.632 M CO2 and 0.570 M H, is allowed to
equilibrate at 700 K. At this temperature, K = 0.106. What is the composition of the reaction mixture at equilibrium?

Given: balanced equilibrium equation, concentrations of reactants, and K
Asked for: composition of reaction mixture at equilibrium
Strategy:

A. Write the equilibrium equation. Construct a table showing the initial concentrations of all substances in the mixture.
Complete the table showing the changes in the concentrations (\(x) and the final concentrations.

B. Write the equilibrium constant expression for the reaction. Substitute the known K value and the final concentrations to
solve for z.

C. Calculate the final concentration of each substance in the reaction mixture. Check your answers by substituting these values
into the equilibrium constant expression to obtain K.

Solution

A [CO,]; =0.632 M and [H,); = 0.570 M. Again, z is defined as the change in the concentration of H,O: A[H,0] = +z. Because
1 mol of CO is produced for every 1 mol of H,O, the change in the concentration of CO is the same as the change in the
concentration of H20, so A[CO] = +x. Similarly, because 1 mol each of H, and CO, are consumed for every 1 mol of H,O
produced, A[H2] = A[CO,] = —z. The final concentrations are the sums of the initial concentrations and the changes in
concentrations at equilibrium.

Hyg) + COyg) 7 Hy0(g) + CO(y)

ICE Hyg) COy) H>O0(, COy,
Initial 0.570 0.632 0 0
Change —z —z + +z
Final (0.570 — z) (0.632 —z) z T

B We can now use the equilibrium equation and the known K value to solve for z:

_ [H0[c0] ?

T HJ[CO4 ~ (0570 —2)(0.632—17) 0.106

In contrast to Example 2.6.3, however, there is no obvious way to simplify this expression. Thus we must expand the
expression and multiply both sides by the denominator:

z? = 0.106(0.360 — 1.202z + %)
Collecting terms on one side of the equation,
0.894z” + 0.127z — 0.0382 = 0

This equation can be solved using the quadratic formula:

_ —b+Vb?—4dac _ —0.127 + /(0.127)% — 4(0.894)(—0.0382)
T= 2a = 2(0.894)

z = 0.148 and — 0.290

Only the answer with the positive value has any physical significance, so A[H;0] = A[CO] = +0.148M, and A[H;] = A[CO,]
=—0.148 M.
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C The final concentrations of all species in the reaction mixture are as follows:

[Ho)f[= [Holi + A[H2] = 0.570 M — 0.148 M = 0.422M
[CO,]; = [CO:); + A[COs] = 0.632 M — 0.148 M = 0.484M
[H20)5 = [H20]; + A[H20] = 0 M +0.148 M = 0.148 M
[CO]; = [CO); + A[CO] = OM +0.148 M = 0.148M

We can check our work by substituting these values into the equilibrium constant expression:

_ [H:0][cO] (0.148)?

K= Tmlico, = (0422)(0.484)

=0.107

Because K is essentially the same as the value given in the problem, our calculations are confirmed.

? Exercise 2.6.4

The exercise in Example 2.6.1 showed the reaction of hydrogen and iodine vapor to form hydrogen iodide, for which K = 54 at
425°C. If a sample containing 0.200 M H, and 0.0450 M I, is allowed to equilibrate at 425°C, what is the final concentration
of each substance in the reaction mixture?

Answer
o [Hi]; =0.0882 M
e [Hy];=0.156 M
o [L]y=92x10"*M

In many situations it is not necessary to solve a quadratic (or higher-order) equation. Most of these cases involve reactions for
which the equilibrium constant is either very small (K <1073) or very large (K > 10%), which means that the change in the
concentration (defined as z) is essentially negligible compared with the initial concentration of a substance. Knowing this
simplifies the calculations dramatically, as illustrated in Example 2.6.5.

v/ Example 2.6.5

Atmospheric nitrogen and oxygen react to form nitric oxide:
Nyg) + Os) = 2NO)
with K, = 2.0 x 1073 at 25°C.
What is the partial pressure of NO in equilibrium with N, and O, in the atmosphere (at 1 atm, Py, = 0.78 atm and Py, = 0.21
atm?
Given: balanced equilibrium equation and values of K,, Py,, and Py,
Asked for: partial pressure of NO
Strategy:

A. Construct a table and enter the initial partial pressures, the changes in the partial pressures that occur during the course of
the reaction, and the final partial pressures of all substances.

B. Write the equilibrium equation for the reaction. Then substitute values from the table to solve for the change in
concentration (\(x).

C. Calculate the partial pressure of NO. Check your answer by substituting values into the equilibrium equation and solving
for K.

Solution

A Because we are given Kp and partial pressures are reported in atmospheres, we will use partial pressures. The initial partial
pressure of O, is 0.21 atm and that of N is 0.78 atm. If we define the change in the partial pressure of NO as 2z, then the
change in the partial pressure of O, and of Na is —z because 1 mol each of N, and of O; is consumed for every 2 mol of NO
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produced. Each substance has a final partial pressure equal to the sum of the initial pressure and the change in that pressure at

equilibrium.
Ny(g) + Oz = 2NO,
ICE Py, Py, Pro
Initial 0.78 0.21 0
Change —x — +2z
Final (0.78 — ) (0.21— ) 2

B Substituting these values into the equation for the equilibrium constant,

_ (Pvo)® (22)? _ )
Ky = (Pw,)(Po,) ~ (0.78—)(0.21 —x) 2.0 x 10731

In principle, we could multiply out the terms in the denominator, rearrange, and solve the resulting quadratic equation. In
practice, it is far easier to recognize that an equilibrium constant of this magnitude means that the extent of the reaction will be
very small; therefore, the z value will be negligible compared with the initial concentrations. If this assumption is correct, then
to two significant figures, (0.78 — z) = 0.78 and (0.21 — z) = 0.21. Substituting these expressions into our original equation,

(22)?

g0 x107™
(0.78)(0.21) X

422

_ —31
016 2.0 x 10

g2 033x 10731
- 4

£79.1 x 1077
C Substituting this value of « into our expressions for the final partial pressures of the substances,

e Pyo =2z atm = 1.8x 1071 atm
e Py, =(0.78 — z) atm = 0.78 atm
e Pp, =(0.21—z) atm = 0.21 atm

From these calculations, we see that our initial assumption regarding z was correct: given two significant figures, 2.0 x 107 is
certainly negligible compared with 0.78 and 0.21. When can we make such an assumption? As a general rule, if z is less than
about 5% of the total, or 1073 > K > 102, then the assumption is justified. Otherwise, we must use the quadratic formula or
some other approach. The results we have obtained agree with the general observation that toxic NO, an ingredient of smog,
does not form from atmospheric concentrations of N, and O, to a substantial degree at 25°C. We can verify our results by
substituting them into the original equilibrium equation:

2 —16)2
Kp _ (PNO) _ (1.8 x 10 )

= —31
= ®Pw)(Poy) 08021y  20x10

The final K, agrees with the value given at the beginning of this example.

? Exercise 2.6.5
Under certain conditions, oxygen will react to form ozone, as shown in the following equation:
30y(g) = 205

with K, = 2.5 x 1075 at 25°C. What ozone partial pressure is in equilibrium with oxygen in the atmosphere (P, = 0.21 atm)?

Answer
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l 4.8 x 10~ atm

Another type of problem that can be simplified by assuming that changes in concentration are negligible is one in which the
equilibrium constant is very large (K > 10%). A large equilibrium constant implies that the reactants are converted almost entirely to
products, so we can assume that the reaction proceeds 100% to completion. When we solve this type of problem, we view the
system as equilibrating from the products side of the reaction rather than the reactants side. This approach is illustrated in Example
2.6.6.

v/ Example 2.6.6

The chemical equation for the reaction of hydrogen with ethylene (C2H,) to give ethane (CyHsg) is as follows:

Ni
Hy(g) + CoHyg) = C2He(g)

with K =9.6 x 10'® at 25°C. If a mixture of 0.200 M H, and 0.155 M C,H, is maintained at 25°C in the presence of a
powdered nickel catalyst, what is the equilibrium concentration of each substance in the mixture?

Given: balanced chemical equation, K, and initial concentrations of reactants
Asked for: equilibrium concentrations
Strategy:

A. Construct a table showing initial concentrations, concentrations that would be present if the reaction were to go to
completion, changes in concentrations, and final concentrations.

B. Write the equilibrium constant expression for the reaction. Then substitute values from the table into the expression to solve
for z (the change in concentration).

C. Calculate the equilibrium concentrations. Check your answers by substituting these values into the equilibrium equation.

Solution:

A From the magnitude of the equilibrium constant, we see that the reaction goes essentially to completion. Because the initial
concentration of ethylene (0.155 M) is less than the concentration of hydrogen (0.200 M), ethylene is the limiting reactant; that
is, no more than 0.155 M ethane can be formed from 0.155 M ethylene. If the reaction were to go to completion, the
concentration of ethane would be 0.155 M and the concentration of ethylene would be 0 M. Because the concentration of
hydrogen is greater than what is needed for complete reaction, the concentration of unreacted hydrogen in the reaction mixture
would be 0.200 M — 0.155 M = 0.045 M. The equilibrium constant for the forward reaction is very large, so the equilibrium
constant for the reverse reaction must be very small. The problem then is identical to that in Example 2.6.5. If we define —z as
the change in the ethane concentration for the reverse reaction, then the change in the ethylene and hydrogen concentrations is
+z. The final equilibrium concentrations are the sums of the concentrations for the forward and reverse reactions.

Ni
Hy(g) + CaHy) = CaHg()

IACE [Hag)] [CaHyg)] [C2Heg(g)]
Initial 0.200 0.155 0
Assuming 100% reaction 0.045 0 0.155
Change +z +z —z
Final (0.045 + z) 0+ z) (0.155 — )

B Substituting values into the equilibrium constant expression,

[CoHyg) 0.155 — z 18
K= = =9.6 x 10

https://chem.libretexts.org/@go/page/292043



https://libretexts.org/
https://chem.libretexts.org/@go/page/292043?pdf

LibreTexts*

Once again, the magnitude of the equilibrium constant tells us that the equilibrium will lie far to the right as written, so the
reverse reaction is negligible. Thus z is likely to be very small compared with either 0.155 M or 0.045 M, and the equation can
be simplified ((0.045 + z) = 0.045 and (0.155 — z) = 0.155) as follows:

0155 8
K=o =96x10
z=36x10"%

C The small z value indicates that our assumption concerning the reverse reaction is correct, and we can therefore calculate the
final concentrations by evaluating the expressions from the last line of the table:

o [C:He); = (0.155 —z) M = 0.155 M

. [CzH4]f =z M=36x10"°M
o [Hy);=(0.045+z) M =0.045 M

We can verify our calculations by substituting the final concentrations into the equilibrium constant expression:

[CoHy) 0.155 8
K= = =9.6x10
[H3][C2Hy]  (0.045)(3.6 x 10~19)

This K value agrees with our initial value at the beginning of the example.

? Exercise 2.6.6

Hydrogen reacts with chlorine gas to form hydrogen chloride:
Hy(g) + Clag) = 2HCl)

with K, =4.0 x 10* at 47°C. If a mixture of 0.257 M H, and 0.392 M (I, is allowed to equilibrate at 47°C, what is the
equilibrium composition of the mixture?

Answer

[Ho); =4.8x 10732 M [Cl,]; = 0.135 M [HCI|; = 0.514 M

A Video Discussing Using ICE Tables to find Eq. Concentrations & Kc:
[youtu.be]

Summary

Various methods can be used to solve the two fundamental types of equilibrium problems: (1) those in which we calculate the
concentrations of reactants and products at equilibrium and (2) those in which we use the equilibrium constant and the initial
concentrations of reactants to determine the composition of the equilibrium mixture. When an equilibrium constant is calculated
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from equilibrium concentrations, molar concentrations or partial pressures are substituted into the equilibrium constant expression
for the reaction. Equilibrium constants can be used to calculate the equilibrium concentrations of reactants and products by using
the quantities or concentrations of the reactants, the stoichiometry of the balanced chemical equation for the reaction, and a tabular
format to obtain the final concentrations of all species at equilibrium.

2.6: Finding Equilibrium Concentrations is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

« 15.5: Calculating Equilibrium Constants is licensed CC BY-NC-SA 3.0.
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2.7: 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 (2.7.1)
[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 (2.7.2)

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 2.7.1: 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:

@ https://chem.libretexts.org/@go/page/292044
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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 2.7.1.

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 2.7.1: 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 2.7.1

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

@ https://chem.libretexts.org/@go/page/292044
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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 2.7.1 to determine Q. 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 2.7.2

In the water—gas shift reaction introduced in Example 2.7.1, 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) (2.7.3)

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 2.7.3, 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 2.7.2
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 2.7.3 will proceed to the left as written, until [CO,] = K. Conversely, the point labeled B in Figure 2.7.2 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 2.7.3 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 2.7.2: 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) (2.7.4)

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 2.7.3). 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 2.7.4 will proceed in whichever direction causes the
composition of the system to move toward the equilibrium line. For example, point A in Figure 2.7.3 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 2.7.4 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 2.7.3 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 2.7.4 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 2.7.3: The Concentration of Water Vapor versus the Concentration of Hydrogen for the CdOy,) + Hayy = 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) (2.7.5)
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 2.7.4. 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 2.7.4) corresponds to @ < K, and the
reaction in Equation 2.7.5 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 2.7.5)
corresponds to @ > K, and the reaction in Equation 2.7.5 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 2.7.4: The Concentration of NHg versus the Concentration of HI(; for system in Reaction 2.7.5 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.

2.7: 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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2.8: 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 2.8.1 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 2.8.1: (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) (2.8.1)
K. = 50.0 at 400°C (2.8.2)

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) (2.8.3)

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) (2.8.4)

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) (2.8.5)
Because this reaction is exothermic, we can write it with heat as a product.
Hp (g) +12(g) = 2HI(g) + heat (2.8.6)

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 (2.8.7)
The positive AH value tells us that the reaction is endothermic and could be written
heat + N2O4(g) = 2NO2(g) (2.8.8)

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 2.8.1.

Table 2.8.1: 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 2.8.1

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 2.8.1

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) (2.8.9)

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 2.8.9). 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 2.8.1: 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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2.E: Chemical Equilibrium (Practice Problems with Answers)

15.1: The Concept of Equilibrium

Conceptual Problems
1. What is meant when a reaction is described as “having reached equilibrium”? What does this statement mean regarding the
forward and reverse reaction rates? What does this statement mean regarding the amounts or concentrations of the reactants and
the products?
2. Is it correct to say that the reaction has “stopped” when it has reached equilibrium? Explain your answer and support it with a
specific example.
3. Why is chemical equilibrium described as a dynamic process? Describe this process in the context of a saturated solution of
NaCl in water. What is occurring on a microscopic level? What is happening on a macroscopic level?
4. Which of these systems exists in a state of chemical equilibrium?
a. oxygen and hemoglobin in the human circulatory system
b. iodine crystals in an open beaker
c. the combustion of wood
d. the amount of 4C in a decomposing organism

Conceptual Answer
1. When a reaction is described as "having reached equilibrium" this means that the forward reaction rate is now equal to the

reverse reaction rate. In regards to the amounts or concentrations of the reactants and the products, there is no change due to the
forward reaction rate being equal to the reverse reaction rate.

2. Tt is not correct to say that the reaction has "stopped" when it has reached equilibrium because it is not necessarily a static
process where it can be assumed that the reaction rates cancel each other out to equal zero or be "stopped" but rather a dynamic
process in which reactants are converted to products at the same rate products are converted to reactants. For example, a soda has
carbon dioxide dissolved in the liquid and carbon dioxide between the liquid and the cap that is constantly being exchanged with
each other. The system is in equilibrium and the reaction taking place is: COs (g) + 2 H20 (1) & H3CO3 (aqg).

3. Chemical equilibrium is described as a dynamic process because there is a movement in which the forward and reverse reactions
occur at the same rate to reach a point where the amounts or concentrations of the reactants and products are unchanging with time.
Chemical equilibrium can be described in a saturated solution of NaCl as on the microscopic level Na* and CI~ ions continuously
leave the surface of an NaCl crystal to enter the solution, while at the same time Na* and C!~ ions in solution precipitate on the
surface of the crystal. At the macroscopic level, the salt can be seen to dissolve or not dissolve depending whether chemical
equilibrium was established.

4.
a. Exists in a state of equilibrium as the chemical reaction that occurs in the body is: Hb (aq) + 4 H2O (I) & Hb(02)4 (aqg).
b. Exists in a state of equilibrium as the chemical reaction occurs is: H, (g) + Iz (g) = 2 HI (g)

c. Does not exist in a state of equilibrium as it is not a reversible process. The chemical reaction that takes place is: 6
C10H1507 (S) + heat — CsoH190O (8) + 10 CH50O (g)

d. Does not exist in a state of chemical equilibrium as it is not a reversible process. The chemical reaction that takes
place is: CH20 + Oz — H30 (1) + CO4 (g) + nutrients.

15.2: The Equilibrium Constant

Conceptual Problems

1. For an equilibrium reaction, what effect does reversing the reactants and products have on the value of the equilibrium

constant?
2. Which of the following equilibriums are homogeneous and which are heterogeneous?

a.2HF (g) & Haz(q)+ F2(q)
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10.
11.

12.

13.

14.

15.

b. C(s) +2 H; (9) = CHy (g)
c. H,C = CH, (g) + H; (g) = C2Hg (9)
d. 2Hg(l) + 02 (g) = 2 HgO (s)

. Classify each equilibrium system as either homogeneous or heterogeneous.

a. NH,COy;NH, (s) = 2NHj (_(]) + CO, (g)
b. C(s)+ 02 (g9) = CO; (9)

C.2Mg(s) + O2(g) = 2 MgO (s)

d. AgCl (s) = Ag™ (aq) + Cl™ (aq)

. If an equilibrium reaction is endothermic, what happens to the equilibrium constant if the temperature of the reaction is

increased? if the temperature is decreased?

. Industrial production of NO by the reaction N, (g) + O (g) = 2 NO (g) is carried out at elevated temperatures to drive the

reaction toward the formation of the product. After sufficient product has formed, the reaction mixture is quickly cooled. Why?

. How would you differentiate between a system that has reached chemical equilibrium and one that is reacting so slowly that

changes in concentration are difficult to observe?

. What is the relationship between the equilibrium constant, the concentration of each component of the system, and the rate

constants for the forward and reverse reactions?

. Write the equilibrium constant expressions for K and K, for each reaction.

a. CO (g) + H20 (g) = CO, (g) + H; (g)
b. PCl3 (g) + Clz (g) = PCls (g)
c.203(9) =30:2(g)

. Write the equilibrium constant expressions for K and K, as appropriate for each reaction.

a.2NO (g)+ O2 (9) = 2NO02 (g)
b, %Hz (g) + 121, (9) = HI(g)

C. cis — stilbene (soln) = trans — silbene (soln)

Why is it incorrect to state that pure liquids, pure solids, and solvents are not part of an equilibrium constant expression?
Write the equilibrium constant expressions for K and K, for each equilibrium reaction.

a.25(s) +30:(g) = 2503 (9)

b. C(s) + CO2(g) = 2CO (9)

c.2ZnS (s) + 302 (g) = 2Zn0(s)+2850;(g)
Write the equilibrium constant expressions for K and K, for each equilibrium reaction.

a.2HgO(s) =2 Hg(l)+ 02(9)

b. Hy (9) + I (s) = 2 HI (9)

c. NH,COy;NH, (s) =2NHjg (_(]) + CO, (_q)
At room temperature, the equilibrium constant for the reaction 2 A (g) = B(g) is 1. What does this indicate about the
concentrations of A and B at equilibrium? Would you expect K and K, to vary significantly from each other? If so, how would
their difference be affected by temperature?

OH™][HCO3 H~|[H.
[OH~][ ! sl _ K, and [0~ 2_0031
[co%] [HCO3]

for the overall reaction? Write the overall equilibrium equation.

For a certain series of reactions, if = K, what is the equilibrium constant expression

In the equation for an enzymatic reaction, ES represents the complex formed between the substrate S and the enzyme protein E.
In the final step of the following oxidation reaction, the product P dissociates from the ESO, complex, which regenerates the

active enzyme:

E+S<=ES K; (2.E.1)
ES+ O; = ESO; K, (2.E.2)
ESO; = E+ P K3 (2.E.3)
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Give the overall reaction equation and show that K = K; x K, x K3.

Conceptual Answers

1. By reversing the reactants and products for an equilibrium reaction, the equilibrium constant becomes: K’= e

o8]

. This equilibrium is homogenous as all substances are in the same state.

o

. This equilibrium is heterogeneous as not all substances are in the same state.

@]

. This equilibrium is homogeneous as all substances are in the same state.

o

. This equilibrium is heterogeneous as not all substances are in the same state.

o]

. This equilibrium is heterogeneous as not all substances are in the same state.

o

. This equilibrium is heterogeneous as not all substances are in the same state.

@]

. This equilibrium is heterogeneous as not all substances are in the same state.
d. This equilibrium is heterogeneous as not all substances are in the same state.

4. According to Le Chatelier’s principle, equilibrium will shift in the direction to counteract the effect of a constraint (such as
concentration of a reactant, pressure, and temperature). Thus, in an endothermic reaction, the equilibrium shifts to the right-hand
side when the temperature is increased which increases the equilibrium constant and the equilibrium shifts to the left-hand side
when the temperature is decreased which decreases the equilibrium constant.

5. After sufficient industrial production of NO by the reaction of N2 (g) + Oz (g) = 2 NO (g) at elevated temperatures to drive the
reaction toward the formation of the product, the reaction mixture is cooled quickly because it quenches the reaction and prevents
the system from reverting to the low-temperature equilibrium composition that favors the reactants.

6. To differentiate between a system that has reached equilibrium and one that is reacting slowly that changes in concentrations are
difficult to observe we can use Le Chatelier’s principle to observe any shifts in the reaction upon addition of a constraint (such as
concentration, pressure, or temperature).

7. The relationship between the equilibrium constant, the concentration of each component of a system, and the rate constants for

c d
the forward and reverse reactions considering a reaction of a general form: aA +bB=¢C+dDis K = 7{3 a[[g } 7 = %
8.

a.
K — [COs]lH)]
[CO|[HO]
_ (Pco,)(Pm;)
" (Poo)(Pm0)
b.
_ |PCl3]
[PCls][Cly)
_ (Prcis)
" (Paw)(Pey,)
C.
_ [0
[05]?
_ (Poy)®
" (Po,)?
9.
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d.
_ [NO,P?
K= opos
- (PN02)2
?™ (Pno)?(Po,)
b.
K — [I'—iﬂ
[#] 2 [0s]
% — _ \Pr1)
" (Pr)¥(Po,)
C.
K= trans — stilbene

cis — stilbene
Kp — (P trans—stilbene)
(P cia—stilbene)
10. It is incorrect to state that pure liquids, pure solids, and solvents are not part of an equilibrium constant expression because they
are not reactive enough or cause a change in the concentrations of the ions or the species that exist in the gas phase.

11.
a.

B [SO;)?

E

_ (Psoy)?

P (P02)3
b.

_ [CO)?

~ [COy]

_ (Poo)?
Ky = (Pcos)
C.

_ [50s)?

~ 093

_ (Pso,)?

P (Po,)?
12.
d.
K =[0,]
Kp = (Poz)
b.

_ HI?
K= [H>)]

_ (Par)?
K="y
c.

K = [NH;[CO))
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KP = (PNH3)2(P002)
13.

K=%—)1=%—)[A]2=[B]—>[A]=\/§

K and K, vary by RT, but it largely depends on T as R is constant. A raise or decrease in temperature would cause a difference.

K
— An __ -1 _
K, = K(RT)*" = K(RT)™ = 7

An = (total moles of gas onthe product side) — (total of moles on the reactant side) =1 —2 = —1

14.
[OH-][HCO3]
_ K __ [00§]  _ [HCOP
K. [OH|[H:COj|  [COZ|[H,COs
[HCO3]
CO3 (9)+ H>CO3 (g) = 2 HCO;3 (9)
15.
K = K1 x Ky x Ky = g X {5510 % {580y = Ho
S+0, =P

Numerical Problems
1. Explain what each of the following values for K tells you about the relative concentrations of the reactants versus the products
in a given equilibrium reaction: K = 0.892; K = 3.25 x 10%; K = 5.26 x 10~!. Are products or reactants favored at equilibrium?
2. Write the equilibrium constant expression for each reaction. Are these equilibrium constant expressions equivalent? Explain.
d. N204 (g) =2 N02 (g)
b. § N204(g) = NO, (g)
3. Write the equilibrium constant expression for each reaction.
a. 3Nz (g) + $Hz (9) = NHs(g)
b. 3 N2 (g) + Hz (9) = $NH;(g)

How are these two expressions mathematically related to the equilibrium constant expression for
N3 (g) +3Hz (g) = 2NH; (g)? (2.E4)

4. Write an equilibrium constant expression for each reaction.
a.C(s)+2 Hy0(g9) = CO2 (9) +2H:(g)
b. SbCls (g) + Clz (g) = SbCls (g)
C.205(9) =302(9)
5. Give an equilibrium constant expression for each reaction.
a.2NO (9)+ 02 (9) =2NO0; (9)
b. $Hz (9)+ 312 (9) = HI (g)
€. CaCOj3 (s) + 2 HOC!I (ag) = Ca®" (ag) + 2 OCI~ (ag) + H20 (I) + CO; (g)
6. Calculate K and K, for each reaction.

a.2 NOBr(g) = 2NO (g) + Bra (g): at 727°C, the equilibrium concentration of NO is 1.29 M, Br, is 10.52 M, and NOBr is 0.423
M.

b. C(s) + CO; (g) = 2CO0 (g): at 1,200 K, a 2.00 L vessel at equilibrium has partial pressures of 93.5 atm CO; and 76.8 atm CO,
and the vessel contains 3.55 g of carbon.

7. Calculate K and K, for each reaction.
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a. N2Oy4 (g) = 2 NO; (g): at the equilibrium temperature of —40°C, a 0.150 M sample of N,O, undergoes a decomposition of
0.456%.

b. CO (g) + 2 H (g) = CH30H (g): an equilibrium is reached at 227°C in a 15.5 L reaction vessel with a total pressure of 6.71 x 102
atm. It is found to contain 37.8 g of hydrogen gas, 457.7 g of carbon monoxide, and 7,193 g of methanol.

8. Determine K and K, (where applicable) for each reaction.

a.2 HyS (g9) = 2 H; (g) + S» (g): at 1065°C, an equilibrium mixture consists of 1.00 x 1073 M Hs, 1.20 x 1073 M S,, and 3.32 x 1073
M H,S.

b. Ba(OH)z (s) = 20H ™ (ag) + Ba%* (ag): at 25°C, a 250 mL beaker contains 0.330 mol of barium hydroxide in equilibrium with
0.0267 mol of barium ions and 0.0534 mol of hydroxide ions.

9. Determine K and K, for each reaction.

a.2NOCI (g) = 2NO(g) + Cla(g): at 500 K, a 24.3 mM sample of NOC! has decomposed, leaving an equilibrium mixture that
contains 72.7% of the original amount of NOC!.

b. Cl, (g) + PCl3 (g) = PCls (g): at 250°C, a 500 mL reaction vessel contains 16.9 g of Cl, gas, 0.500 g of PCl3, and 10.2 g of
PCl; at equilibrium.

10. The equilibrium constant expression for a reaction is % What is the balanced chemical equation for the overall
reaction if one of the reactants is Na,COs3 (s)?
3
11. The equilibrium constant expression for a reaction is M What is the balanced chemical equation for the overall
[NH;][07] 4

reaction?

k
12. Given K = k—f, what happens to the magnitude of the equilibrium constant if the reaction rate of the forward reaction is
doubled? What happens if the reaction rate of the reverse reaction for the overall reaction is decreased by a factor of 3?
13. The value of the equilibrium constant for
2H;(g9) +S2(9) = 2H,5(9) (2.E.5)

is 1.08 x 107 at 700°C. What is the value of the equilibrium constant for the following related reactions

a. Hy (9) + 1283 (9) = H2S (9)

b. 4 H; (9) +282 (9) = 4 HaS (9)

c. H2S(g) = Hz (9) +125: (9)
Numerical Answers

1. In the given equilibrium reaction where K = 0.892 ~ 1 has a concentration of the reactants that is approximately equal to the
concentration of the products so neither formation of the reactants or products is favored. In the given equilibrium reaction where
K =3.25 x 10® > 1 has a concentration of the products that is relatively small compared to the concentration of the reactants so the
formation of the products is favored. In the given equilibrium reaction where K = 5.26 x 10~** < 1 has a concentration of products
that is relatively large compared to that of the concentration of the reactants so the formation of the reactants is favored.

2.
_ [NOy?
a. K= [N204]
[NO,]
b.K = 71
[N204] 2

Although the equilibrium constant expressions have a 2:1 ratio of concentration for the products to the concentration of the
reactants for the same species involved to get the K value for a. We would need to square it to get the K value for b.

3.
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,_ [NHy
a K = ﬁ
(N3] 2 [H,) 2
2
. [NH3
b. K" = T3
[N2] 2 [Ho]
_ [NH*
AR
1
K'=K2
1
K’"=K 3
4.
_ [H3]?[CO,]
0 K=o
_ _ [S6Cls]
b. K = A
_ [0g]?
c K= O
5.
_ o
B [NOH2[02]
HI]
b. K= ﬁ
[H3] 2 [I] 2
. +[OCI—2[CO,]
' [HOCI?
6.
d.
NOJ’[B .
_ NOPIBY _ pmaosn g
K, = K(RT)*" = (97.8)((0.08206 73% ) (727 + 273.15)K))*~* = 8.0310°*

b.

K,
= An _ —1 — —__Pr _ 631  _
K, = K(RT)™" = K(RT)*™" = K(RT) = K = 22 = ooy = 641
(Pco)® (168 atmy?
K= PCOg = "985atm 63.1
7.
a.

[N 02] 2 [0.001368 M] _
K= [N,0,] ~ 160 = 1.252107°

[NO,] = (2)(0.150 M)(0.00456) = 0.001368 M

[N204] = (0.150 M)(1 — 0.00456) = 0.149316 M

K, = K(RT)"" = (1.25z107°)((0.08206-2:2m ) ((—40 + 273.15) K))?~! = 2.39x10*
b.

K= [CH30H|  |usm

=947

[CO|[H,)? 105 M][1.21 M]?
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[CH30H] = 7,193 g CH30H x malCHOH o L —145M

32.04 g CH;0H
[CO] = 457.79CO x %0 x whp = 1.05M
[Ho] = 37.8 g Hy X 552 x rhp = 1.21 M
K, = K(RT)A" = (9.47)((0.08206 L2 )((227 + 273.15)K)) % = 5.62z10~2
8.
d.
= W] _ ot s g 10

K, = K(RT)A" = (1.09 x 10~*)((0.08206L:2m )((1065 4 273.15)K))32 = 1.20 x 1072
b.

K = [OH™]?[Ba?"] = [0.2136 M]2[0.1068 M] = 4.87 x 1073

2

[Ba%*] = 0.0267 mol Ba®* x 0215 — =0.1068 M

K, = K(RT)A" = (4.87 x 1073)((0.08206 L8 ) ((25 + 273.15) K))3~! = 2.92

9.
d.

[NOP2[Cly] 4
K="_"—""—4

INOCT? 59 x 10

K, = K(RT)A" = (4.59 x 107*)((0.08206 L2 ) (500K))*2 = 1.88 x 1072
b.
K= [PCls] (980107 1 — 989

T [CL][PClg) ~ 77107 M|[728x10° M] T

1 mol PCI, —
[PCls] = 10.2 g PCls X wgggage- oo X 557 = 9-80 x 1072 M

[Cls] = 16.9gCly X 7% x ohy =477 x 107! M

1 mol PCI, —
[PCls] = 0.5009 PCls x JmaECl (1. =728x10"°M

K, = K(RT)A" = (28.2)((0.08206 L2 )(250 + 273.15) K)'~? = 6.57 x 10"

10. 250, (9) + O2(g9) +2 Na2CO;3 (s) = 2C02(g) +2 NazSO4 (s)
11. NH; (g)+ 2 Oz(g) NO(g)+ 3H20(g)

12. If the reaction rate of the forward reaction is doubled the magnitude of the equilibrium constant is doubled. If the reaction rate
of the reverse reaction for the overall reaction is described by a factor of 3 the magnitude of the equilibrium constant is increased

by a factor of 3.
[H»S]? 7
13. K/ = ————=1.08 x10
(H2]?(S2]
4 3
= LS]I —K’* = (1.08x10") =329 x10® b. K = % =K’ =(1.08 x 1072 =1.17 x 104 c. K — [Ho][S5]2
[H2)[S2) [H2]4[Se] [H2S]

=K’~7 =(1.08 x 107)"2 = 3.04 x 10~*
15.3: Interpreting & Working with Equilibrium Constants

Conceptual Problems
1. Describe how to determine the magnitude of the equilibrium constant for a reaction when not all concentrations of the

substances are known.
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2. Calculations involving systems with very small or very large equilibrium constants can be dramatically simplified by making
certain assumptions about the concentrations of products and reactants. What are these assumptions when K is (a) very large
and (b) very small? Illustrate this technique using the system A+ 2B = C for which you are to calculate the concentration of the
product at equilibrium starting with only A and B. Under what circumstances should simplifying assumptions not be used?

Conceptual Answers

1. The magnitude of the equilibrium constant for a reaction depends on the form in which the chemical reaction is written. For
example, writing a chemical reaction in different but chemically equivalent forms causes the magnitude of the equilibrium constant
to be different but can be related by comparing their respective magnitudes.

2.

a. When K is very large the reactants are converted almost entirely to products, so we can assume that the reaction proceeds 100%
to completion.

€l @

A e

b. When K is very small the reactants do not tend to form products readily, and the equilibrium lies to the left as written, favoring

1=00—[C]=00

the formation of the reactants.

"= e = A = § =010

Simplifying assumptions should not be used if the equilibrium constant is not known to be very large or very small.

Numerical Problems
Please be sure you are familiar with the quadratic formula before proceeding to the Numerical Problems.

1. In the equilibrium reaction A + B = C, what happens to K if the concentrations of the reactants are doubled? tripled? Can the
same be said about the equilibrium reaction 2 A < B + C?

2. The following table shows the reported values of the equilibrium Py, at three temperatures for the reaction Ag,0 (s) = 2 Ag (s)
+ 1 04(g), for which AH® = 31 kJ/mol. Are these data consistent with what you would expect to occur? Why or why not?

T (°C) Po, (mmHg)
150 182
184 143
191 126

3. Given the equilibrium system N,04 (g) = 2 NO, (g), what happens to K,, if the initial pressure of N304 is doubled? If K, is 1.7
x 107! at 2300°C, and the system initially contains 100% N,Oy at a pressure of 2.6 x 102 atm, what is the equilibrium pressure
of each component?

4. At 430°C, 4.20 mol of HI in a 9.60 L reaction vessel reaches equilibrium according to the following equation:

H;(9) +I2(9) = 2HI(g) (2.E.6)

At equilibrium, [H,] = 0.047 M and [HI] = 0.345 M What are K and K, for this reaction?
5. Methanol, a liquid used as an automobile fuel additive, is commercially produced from carbon monoxide and hydrogen at
300°C according to the following reaction:

CO (g) +2 H, () = CH;0H (g) (2.E.7)

with K, = 1.3 x 1074, If 56.0 g of CO is mixed with excess hydrogen in a 250 mL flask at this temperature, and the hydrogen
pressure is continuously maintained at 100 atm, what would be the maximum percent yield of methanol? What pressure of
hydrogen would be required to obtain a minimum yield of methanol of 95% under these conditions?

6. Starting with pure A, if the total equilibrium pressure is 0.969 atm for the reaction A (s) = 2B (g) + C (g), what is K,,?
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7. The decomposition of ammonium carbamate to NHy and CO, at 40°C is written as NH,CO,NH, (s) = 2 NH; (g) + CO; (g). If
the partial pressure of NHj at equilibrium is 0.242 atm, what is the equilibrium partial pressure of CO,? What is the total gas
pressure of the system? What is K,?

8. At 375 K, K, for the reaction SO2Cl; (g) = SO (g) + Cl2 (g) is 2.4, with pressures expressed in atmospheres. At 303 K, K, is
2.9x 1072,

a. What is K for the reaction at each temperature?
b. If a sample at 375 K has 0.100 M Ci, and 0.200 M SO, at equilibrium, what is the concentration of SO,Cl,?
c. If the sample given in part b is cooled to 303 K, what is the pressure inside the bulb?

9. For the gas-phase reaction a A = b B, show that K, = K(RT)”" assuming ideal gas behavior.

10. For the gas-phase reaction I» = 2 I, show that the total pressure is related to the equilibrium pressure by the following equation:

Pr= \/KpPh + PI2 (2E8)

11. Experimental data on the system Br, (I) & Bra (aq) are given in the following table. Graph Br; (aq) versus moles of Br, (1)
present; then write the equilibrium constant expression and determine K.

Grams Br, in 100 mL Water Bry (M)
1.0 0.0626
2.5 0.156
3.0 0.188
4.0 0.219
4.5 0.219

12. Data accumulated for the reaction (\n-butane(g) \rightleftharpoons isobutane(g)\) at equilibrium are shown in the following
table. What is the equilibrium constant for this conversion? If 1 mol of n-butane is allowed to equilibrate under the same
reaction conditions, what is the final number of moles of n-butane and isobutane?

Moles n-butane Moles Isobutane
0.5 1.25
1.0 2.5
1.50 3.75

13. Solid ammonium carbamate (NH,CO;N H,) dissociates completely to ammonia and carbon dioxide when it vaporizes:
NH,CO;NH; (s) = 2 NH;(g) + CO; (g) At 25°C, the total pressure of the gases in equilibrium with the solid is 0.116 atm. What
is the equilibrium partial pressure of each gas? What is K,,? If the concentration of CO, is doubled and then equilibrates to its
initial equilibrium partial pressure +x atm, what change in the NH; concentration is necessary for the system to restore
equilibrium?

14. The equilibrium constant for the reaction COCI, (g) = CO (g) + Cl2 (g) is K, = 2.2 x 107? at 100°C. If the initial concentration
of COCl, is 3.05 x 10~3 M, what is the partial pressure of each gas at equilibrium at 100°C? What assumption can be made to
simplify your calculations?

15. Aqueous dilution of IO} results in the following reaction:

107 (aq) + 2 H,0(l) = H4IOg (aq) (2.E.9)

with K = 3.5 x 1072, If you begin with 50 mL of a 0.896 M solution of IO} that is diluted to 250 mL with water, how many

moles of H4 IOy are formed at equilibrium?
16. Iodine and bromine react to form 1By, which then sublimes. At 184.4°C, the overall reaction proceeds according to the

following equation:

https://chem.libretexts.org/@go/page/292475



https://libretexts.org/
https://chem.libretexts.org/@go/page/292475?pdf

LibreTexts"

with K, = 1.2 x 102. If you begin the reaction with 7.4 g of I, vapor and 6.3 g of Br, vapor in a 1.00 L container, what is the

I (9) + Bra(g) = 21Br () (2.E.10)

concentration of IBr (g) at equilibrium? What is the partial pressure of each gas at equilibrium? What is the total pressure of the
system?
17. For the reaction
2C (s) + N; (g) + 5 Hy = 2CH;NH, (g) (2.E.11)
with K = 1.8 x 1076. If you begin the reaction with 1.0 mol of Ny, 2.0 mol of H,, and sufficient C (s) in a 2.00 L container, what
are the concentrations of N, and CH3NH, at equilibrium? What happens to K if the concentration of H, is doubled?
Numerical Answers

1. In both cases, the equilibrium constant will remain the same as it does not depend on the concentrations.

2. No, the data is not consistent with what I would expect to occur because enthalpy is positive indicating that the reaction is
endothermic thus heat is on the left side of the reaction. As the temperature is raised Pp, would be expected to increase to
counteract the constraint.

3.

If the initial pressure of N0, was doubled then K}, is one half of the original value.

Pro,)? "
K, = ((PNoﬂ)) —17x 107 = & 5 442 0170 = 42% - £ ~ 3.303atm
N2Oy4 :
Py,o, Pyo,
I 2.6 x 102 0
C -X +2x
E 26x102—z 2x

Pn,0, = 2.6 X 102 — z = 260 — 3.303 = 2.6 x 10% atm
Pro, = 2z = (2)(3.303) = 6.6 atm

4.

K = iy = woe s

K, = K(RT)A" = (157)((0.08206 L:2m ) (430 + 273.15)K) %2 = 157

=157

mol-K
5.
Magimum Percent Yield = Al » 100% = 212593 x 100% = 56.52% =~ 57%
L-atm
PV =nRT — P = (1.999 md)(o.osz?gs,,;, f)(300+273.15)K — 376.127 atm
[CO] = 56.0 g CO x 322293 = 1.999 mol CO
_ Pomon 4 _ _ _ _ _
K,= m —13x107* = W‘W — 1.3 = grptz— — 488.965 — 1.3z = & — 488.965 = 2.3z — = = 212.593 atm
__ (Pemgom) —4 _ 357.320 —4 _ 357.320 _ — ~

Kp = W(:’PH'I)Z —13x107"*= m —1.3x10 = W — 0.002444(PH2)2 = 357.320 — (PHg) = 382.300 ~ 3.8
x 102 atm

Minimum Percent Yield = A28 x 100% — 95% = zrmr X 100% — & = 357.320 atm

Theoretical
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co 2 Ha CH3;0OH
I 376.127 100 0
© -X -2X +x
E 376.127-x 100 (maintained) X
6. Kp = (PB}:,EPC) = [0[.29165[1] =
A 2B c
I 0.969 0 0
C -X +2x +x
E 0.969-x 2x X
7.

Pco, = Pir — Pya, = Pyt —0.242atm
Pyt = Py, + Poo, = 0.242 atm + Pco,

K, = (Pyn,)*(Pco,) = (0242 atm)*(Pco,)

8.
d.

. — A _ K, __ 2.9x10~2 _ —2
At3TSK : Ky = K(RT)™" = K = (s = oot = 180 X 10

K, _ 2.9x10~2 — -3
(RT;A" ~ ((0.08206-L2m )(303 K))2-1 117 x 10

At303K : K, = K(RT)A" - K =

c. If the sample given in part b is cooled to 303 K, the pressure inside the bulb would decrease.

9.

_ (PR} _ (GB)ED) _ [BFRT? _ ba _ An
Ko = 7 = ey ~ Wy — K(RT)™ = K(ET)

PV =nRT —» P= 2RT

i
K = (s
An=b—a

10.
Pr=Pr+ Py, = /K,P,+ Py

K= 1 = 58 i
11.

The graph should be a positive linear correlation.
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Br (1) (M) (z — azis) Br, (ag) (M) (y — azis) (same value for K)
6.26 x 1072 0.0626

1.56 x 101 0.156

1.88 x 102 0.188

2.50 x 1072 0.219

2.82 x 1072 0.219

[Bry ()] =1.0g Bry x 7151923;53” X oip =6.26 x 1072

Br; (a B
K= [[Bfg((;g] = Brafedl _ By, (ag)]

12. K = [isobutane] __ g

[n—butane] . 1—=
n — butane isobutane
I 1 0
C -X +X
E 1-x X

13.
Pyg, = 2z = 2(0.0387) = 7.73 x 1072 atm
Poo, = « = 3.87 x 10 2 atm
K, = (Pnm,)*(Pco,) = (22)(z) = 4z° = 4(0.0387)% = 2.32 x 10~
Pyt = Pyg, + Poo, — 0.116 = 2z + z — 0.116 = 3z — = = 0.0387
If the concentration of CO, is doubled and then equilibrates to its initial equilibrium partial

pressure +x atm, the concentration of NHj should also be doubled for the system to restore

equilibrium.
NH; CO;
I 0 0
C 2x X
E 2x X
14.

Poooi, =934 x 1072 —2 =9.34x 1072 - 9.34 x 1072 = 9.34 x 102 atm
Poo=2=9.34 x 1072 atm
Poi, =7 =934 x 1072 atm

Assume that the equilibrium mainly lies on the reactants side because the K, value is less than 1.

(Poo) (Pe,) - 2 = - - -
»= (Prpay 22X 1070 = ot 52,0548 x 1071 —22x 1070z =2 52 +22x 10792 - 20548 x 107 =0 — 2
=934 x 1072

PV =nRT — P = 2 = (3.05 x 107%)(0.08206-1:47 ) (100 + 273.15) K = 9.34 x 10~
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CcoCl, co Cly
I 9.34 x 1072 0 0
C -X +X +x
E 9.34x 1072 -z X X

15. [HOg] = = = 1.6 x 1073 mol

K= [’[’;éf]ﬂ —385x 1072 = GoE 5 =1568x 107

I07 : 50 mL IOy x 1,030%5%0; x 0'8916:;2;01 = 0.0448 mol
Io; H4IOg
I 0.0448 0
C -X +x
E 0.0448-x X
16. PV =nRT - L =2 - 12.9468 =35x10"' M

(0.08206 L2im ) (184.4+273.15) K

_ _(Pm)? -2 _ 2 _ 2 2 _ 2
K, = gt =12 x 1072 = e B = oopelimms — 0.01207 —0.03002 +0.0194518 =2z — 00122 —2.0300
+0.0194518 = 0 — = = 12.9468

I Bry IBr
I 1.096 1.479 0
C = -X 2x
E 1.096-x 1.479-x 2x

PV =nRT — P = 8L — (2.92 x 1072 M)(0.08206-1:%%.1(184.4 + 273.15) K = 1.096 atm

LI —
(L] =749 Ir x 322 X 1oop =292x 1072 M

PV =nRT — P =nRTV = (3.94 x 1072 M)(0.08206 X4 ) (184.4 + 273.15) K = 1.479 atm

[Bra] = 6.39 Bra X e =3.94x 1072 M

17.
[N] = 0.5 — 12z = 0.5 — 12(0.000471330) = 0.494 M

[CH3NHy| = 2z = 2(0.0004713300 = 9.43 x 10~ M

[CHsNHp]? _  (943x107%)2 8
N = (0asd)gesy = 5-66 % 10

2 x [Hj] = 2(1.0 — 2.5z) = 2(1.0 — 2.5(0.000471330)) = 1.998 M

Iftheconcentrationof Hsis doubled ,then K =

K= % 5 18x10°% = W’fé_w — & = 0.000471330 M
C NZ H2 CH3NH2
I - 0.5 1.0 0
C - -X -5x 2X
E - 0.5-x 1.0-5x 2x
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[N2] = 1.00mol Ny X 3567 = 0.5 M

[Hg] = 200molH2 X m =10M

15.4: Heterogeneous Equilibria
15.5: Calculating Equilibrium Constants

15.6: Applications of Equilibrium Constants

Conceptual Problems

1. During a set of experiments, graphs were drawn of [reactants] versus [products] at equilibrium. Using Figure 15.8 and Figure
15.9 as your guides, sketch the shape of each graph using appropriate labels.

a. H,O (I) = Hz0(g)

b.2MgO (s) = 2 Mg (s) + Oz (g)

C.203(g) =302(9)

d. 2 PbS (g) + 302 (g) = 2 PbO (s) + 2502 (g)

2. Write an equilibrium constant expression for each reaction system. Given the indicated changes, how must the concentration of
the species in bold change if the system is to maintain equilibrium?

a.2 NaHCOs3 (8) &= NayCOj (8) + CO4 (g) + H20 (g): [CO] is doubled.
b. NoFy (9) = 2 NF; (g): [NF3] is decreased by a factor of 2.
c. Hy (g9) + I (9) = 2 HI (g): [I2] is doubled.

3. Write an equilibrium constant expression for each reaction system. Given the indicated changes, how must the concentration of
the species in bold change if the system is to maintain equilibrium?

a.CS3(g)+4 Hy (9) = CHy(g) +2 HS (g): [CS,] is doubled.
b. PCls (g) = PCl3 (g) + Clz (g): [Cle] is decreased by a factor of 2.
c.4NHj3(g) +503(9) = 4NO(g) + 6 He0 (g): [NO] is doubled.

Conceptual Answer

1.

a. According to Figure 15.8, we could obtain a graph with the x-axis labeled [H,O] (I) (M) and y-axis labeled [H.O] (g) (M). The
graph should have a positive linear correlation. For any equilibrium concentration of H,O (g), there is only one equilibrium H,0 (I).

Because the magnitudes of the two concentrations are directly proportional, a large [H,0] (g) at equilibrium requires a large [H,0]
(I) and vice versa. In this case, the slope of the line is equal to K.

b. According to Figure 15.9, we could obtain a graph with the x-axis labeled [02] (M) and y-axis labeled [MgO] (M). Because O, (g)
is the only one in gaseous form, the graph would depend on the concentration of Q.

¢. According to Figure 15.8, we could obtain a graph with the x-axis labeled [O3] (M) and y-axis labeled [02] (M). The graph should
have a positive linear correlation. For every 30 (g) there is 203 (g). Because the magnitudes of the two concentrations are directly
proportional, a large [O3] (g) at equilibrium requires a large [O,] (g) and vice versa. In this case, the slope of the line is equal to K.

d. According to figure 15.8, we could obtain a graph with the x-axis labeled [02] (M) and y-axis labeled [SO2] (M). The graph
should have a positive linear correlation. For every 3 Oz (g) there is 2 SO, (g). Because the magnitudes of the two concentrations are
directly proportional, a large O2 (g) at equilibrium requires a large SO (g) and vice versa. In this case, the slope of the line is equal
to K.

2.
a.

K = [Na2003][002][H20]
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If [CO,] is doubled, [H,0] should be halved if the system is to maintain equilibrium.

b.

_ INF]?
K= [Nz;h]

If [NF3] is decreased by a factor of 2, then [N2Fy] must also be decreased by a factor of 2 if the system is to maintain equilibrium.

C.

_ AP
K = 1)

If [I,] is doubled then [HI] must also be doubled if the system is to maintain equilibrium.

3.
a.
_ [CH|[H,S]?
[CS][Hy]*

If [CS,] is doubled then [Hj] must be decreased by a factor of 2V4= 1.189 if the system is to maintain equilibrium.
b.

_ _ [PClg]

"~ [ClL][PCls)

If [Cl,] is halved then [PCls] must also be halved if the system is to maintain equilibrium.

C.

_ [NOJ[H0)°
"~ [NHg][O]

If [NO] is doubled then [H,0] must also be multiplied by 22/3=1.587 if the system is to maintain equilibrium.

K

Numerical Problems
1. The data in the following table were collected at 450°C for the reaction N2 (g) + 3 Hz (g) = 2. NH; (g):

Equilibrium Partial Pressure (atm)

P (atm) NH; N, H,
30 (equilibrium) 1.740 6.588 21.58
100 15.20 19.17 65.13
600 321.6 56.74 220.8

The reaction equilibrates at a pressure of 30 atm. The pressure on the system is first increased to 100 atm and then to 600 atm. Is
the system at equilibrium at each of these higher pressures? If not, in which direction will the reaction proceed to reach
equilibrium?

2. For the reaction A & B + C, K at 200°C is 2.0. A 6.00 L flask was used to carry out the reaction at this temperature. Given the
experimental data in the following table, all at 200°C, when the data for each experiment were collected, was the reaction at
equilibrium? If it was not at equilibrium, in which direction will the reaction proceed?

Experiment A B C
1 250 M 250 M 250 M
2 1.30 atm 1.75 atm 14.15 atm
3 12.61 mol 18.72 mol 6.51 mol
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3. The following two reactions are carried out at 823 K:
CoO (s) + Hs (g) = Co(s) + Hy0 (g) with K = 67 (2.E.12)
Co0 (s) + CO (g) = Co(s) + CO; (g) with K = 490 (2.E.13)

a. Write the equilibrium expression for each reaction.

b. Calculate the partial pressure of both gaseous components at equilibrium in each reaction if a 1.00 L reaction vessel
initially contains 0.316 mol of H, or CO plus 0.500 mol CoO.

c. Using the information provided, calculate Kp for the following reaction:

Hj (9) + COz (9) = CO (9) + H20 (g) (2.E.14)
d. Describe the shape of the graphs of [reactants] versus [products] as the amount of CoO changes.

4. Hydrogen iodide (HI) is synthesized via Hj (g) + I» (9) = 2 HI (g), for which K, = 54.5 at 425°C. Given a 2.0 L vessel
containing 1.12 x 1072 mol of H, and 1.8 x 1073 mol of I, at equilibrium, what is the concentration of HI? Excess hydrogen is
added to the vessel so that the vessel now contains 3.64 x 10~! mol of H,. Calculate @ and then predict the direction in which the
reaction will proceed. What are the new equilibrium concentrations?

Answers

1. The system is not at equilibrium at each of these higher pressures. To reach equilibrium, the reaction will proceed to the right to
decrease the pressure because the equilibrium partial pressure is less than the total pressure.

_ INH? 15202 5
Ky = [Nz][Ig'zx]3 = T9-17[65.13PF 44x10
NV H,]* 321.6]2 4
Ky = [1[\121[1;]2]3 = [56.[74][22]0.8]3 =1.7x10
2.
_ [Bllc] _ [2.50][2.50]
1K= AT = psol = 2.50

K, _ 19.0 _
(RT)A» ™ ((0.08206L%m)(200+273.15)K)2-1) 0.49
_ (P)(Pe) _ (L75)(14.15)
Kp= ?PA)C =gz =190

_ [Blld] _ (18.72)(6.51) __
3.K="gp = "na =97

2.K,=K(RT)A" 3 K =

Experiment 1 is about the same as the given K value and thus considered to be about equilibrium. The second experiment has a K
value that is about 1 so neither the formation of the reactants or products is favored. The third experiment has a K value that is
larger than 1 so the formation of the products is favored.

3.
d.
K-
b.

[Ha] = [CO] = 0.316 mol H; X 1551 = 0.316 M

[CoO] = 0.5mol CoO x =05M

_1
1.00 L
Reaction 1:

PV =nRT — P = "L — (4.65 x 107%)(0.08206 147 ) (823 K) = 0.314

[Ha) = 0.316 — & = 0.316 — 0.311 = 4.65z10~3

PV =nRT — P = ™ = (0.311)(0.08206 £%m ) (823 K) = 21.0

[H20] = z = 0.311
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H, H,0
I 0.316 0
C -X +X
E 0.316-x X
= 9 5 67= G355 > 2 =0311
Reaction 2:

PV =nRT — P = EL = (0.001)(0.08206 £%™ )(823 K) = 6.75 x 10™2

[CO] = 0.316 — & = 0.316 — 0.315 = 0.001 M
PV =nRT — P = "BL — (0.315)(0.08206 L%m )(823 K) = 21.3 atm
[COsl =z =0315M

co CO;
I 0.316 0
c x +X
E 0.316-x X

K=[[6£T]_’490 o5E— — ¢ =0.315

C.

Hj; (9) + CO: (g9) = CO(9) + H20(g)

_ (Poo)(Pmy0) _ (6.75x107%)(21) _
KP— (PH,)(Po:,) — " (0.314)(21.3) =021

d. The shape of the graphs [reactants] versus [products] does not change as the amount of CoO changes because it is a solid.

4,
PV =nRT - 3 = % = (0.08206%‘_0'1’('.;(()(1472951273.15) K 1.5 x 107*M HI
[HI] = 2z = 2(0.050899) = 0.101798 atm
Ky = % 845 = (3.2x1o-1—$g.216x10-’—3) — « = 0.050899 atm
H, Ip HI

I 3.2x 107! 5.16 x 1072 0

¢ X X +2x

E 32x107' —z 516x 102~z 2x

PV =nRT — P =" = (5.6 x 1073)(0.08206 £2m )((425 + 273.15) K) = 3.2 x 107!
[Hz2] =112 x 10 mol Hz X 537 =5.6 x 107° M

PV =nRT — P = 8L = (9.0 x 107*)(0.08206-L:2m ) ((425 + 273.15) K) = 5.16 x 10~ atm
L] =18 X103 molIp X 357 =9.0x 10~ M
For excess hydrogen:

_ _H] _ 1.8x107 _ _3
Q= [Ha]lIs] — (594.410)>(<1.09x10“") =28x10
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The reaction will proceed to the right to reach equilibrium.

— n _ P 0.103162 _ _3
PV =nRT — v RT (0.08206 L% )((425+273.15) K) 1.8 x 107 M

[HI] = 2¢ = 2(0.051581) = 0.103162 atm

_ _ P 10.375 _
PV =nRT = 3 = 5 = (0.08206 2282 ) (4254 273.15) K) 594.410 M

[H2] = 10.427 — 2 = 10.427 — 0.051581 = 10.375 atm

PV =nRT - 3 = 37 = (0.08206#“},";%)(((}12;:273.15) 7 = 109x 107° M
[I] =5.16 x 1072 —z = 5.16 x 1072 — 0.051581 = 1.9 x 10~ atm.
Ky = % =545 = (10.427—1)((2:.1:;“04—1) — = 0.051581 atm
H, I HI
I 10.427 5.16 x 1072 0
C -X -X +2x
E 10.427-x 516x 102 —z 2x

PV =nRT — P = 8ET — (0.182 M)(0.08206 L% ) (425 + 273.15) K) = 10.427 atm

[Hz] = 3.64 x 107" mol Hy x 537 =0.182M

15.7: Le Chatelier's Principle

2.E: Chemical Equilibrium (Practice Problems with Answers) is shared under a not declared license and was authored, remixed, and/or curated by
LibreTexts.
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3.1: A Brief Review and Arrhenius acid-base definition

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 3.1.1).

Table 3.1.1: 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) — H3O?;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

3.1: A Brief Review and Arrhenius acid-base definition is shared under a CC BY-NC-SA 4.0 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.
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3.2: Brgnsted—Lowry Acid-base definition

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 (3.2.1)

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 (3.2.2)
HF =Ht+F~ (3.2.3)

H,S80, = H' +HSO4~ (3.2.4)
H,O = H*+ OH™ (3.2.5)
HSO,~ = H" +80,* (3.2.6)
NH,* < H* + NH; (3.2.7)

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 (3.2.8)
OH- + H* = H,0 (3.2.9)

H,O + HY = Hz0+ (3.2.10)

NH; + HT = NH,* (3.2.11)

S +HY =HS™ (3.2.12)
CO3* +H" = HCO3~ (3.2.13)

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”

HO() <4+ NHiag) ———— 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_1mg]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,,):

H20([) + HzO(l) = H30+(aq) + HO_(aq) Ky = [H30+] [OH™ ] (3.2.14)

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 3.2.1: 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]

tionality 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 3.2.2
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

@ https://chem.libretexts.org/@go/page/292070



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/292070?pdf
https://youtu.be/RMpO0rqUnFg
https://www.youtube.com/watch?v=RMpO0rqUnFg

LibreTexts"

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 (3.2.15)

HCO™3(5q + H2O(y = HaCO3(4) + OH™ () (3.2.16)

v Example 3.2.3: 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 3.2.4

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 HQO(I)

)

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

https://chem.libretexts.org/@go/page/292070



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/292070?pdf

LibreTexts"

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

Contributors and Attributions

o Paul Flowers (University of North Carolina - Pembroke), Klaus Theopold (University of Delaware) and Richard Langley
(Stephen F. Austin State University) with contributing authors. Textbook content produced by OpenStax College is licensed
under a Creative Commons Attribution License 4.0 license. Download for free at http://cnx.org/contents/85abf193-
2bd...a7ac8df6@9.110).

3.2: Bronsted—Lowry Acid-base definition is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

« 16.2: Bransted-Lowry Acids and Bases is licensed CC BY-NC-SA 3.0.
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3.3: Autoionization of Water and pH scale

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 3.3.1). 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 3.3.1: 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) (3.3.1)
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 3.3.1 is often written in a
simpler form by removing H»O from each side:

HClgy —» HEy + 0l (3.3.2)

In Equation 3.3.2, 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 3.3.3. 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, (3.3.3)
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 3.3.3 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,, (3.3.4)

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™] (3.3.5)

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™] (3.3.6)

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 (3.3.7)
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 (3.3.8)
Thus, to three significant figures, K,, = 1.01 x 10~** at room temperature, and

K, =1.01 x 107 = [H;0*][0OH ] (8.3.9)

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.

A Video Describing the Self-Ionization 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] (3.3.10)
[H]=10"PH (3.3.11)

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 ] (3.3.12)
[OH™] =10770H (3.3.13)
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 (3.3.14)
= —log([H;0*|[0H")) (3.3.15)
= (—log[H30%]) + (—log[OH ™)) (3.3.16)
= pH + pOH (3.3.17)

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 3.3.1 over the common pH range of 0 to 14. Notice the inverse relationship between the pH and
pOH scales.
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Figure 3.3.1: 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 3.3.1

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 3.3.9 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 3.3.17, we know that pK,, = pH + pOH. Because pH = pOH in a neutral solution, we can use
Equation 3.3.17 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 3.3.1

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

3.3: Autoionization of Water and pH scale 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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3.4: Acid base ionization constants (Ka and Kb relationship)

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
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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 base ionization constants (Ka and Kb relationship) 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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SECTION OVERVIEW

3.5: 3.5 Percentage ionization (% ionization)
3.5.1: Weak Acids

3.5.2: Weak Bases

3.5: 3.5 Percentage ionization (% ionization) is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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3.5.1: Weak Acids

4b Learning Objectives

o Assess the relative strengths of acids and bases according to their ionization constants
o Rationalize trends in acid—base strength in relation to molecular structure
o Carry out equilibrium calculations for weak acid—base systems

We can rank the strengths of acids by the extent to which they ionize in aqueous solution. The reaction of an acid with water is
given by the general expression:

HA(ag) + HoO(l) = H30% (ag) + A (aq)

Water is the base that reacts with the acid HA, A~ is the conjugate base of the acid HA, and the hydronium ion is the conjugate acid
of water. A strong acid yields 100% (or very nearly so) of H30+ and A~ when the acid ionizes in water; Figure 3.5.1.1 lists several
strong acids. A weak acid gives small amounts of H;O* and A~.

Figure 3.5.1.1: Some of the common strong acids and bases are listed here.

Six Strong Acids Six Strong Bases
HCIO, perchloric acid LiOH lithium hydroxide
HCl hydrochloric acid NaOH sodium hydroxide
HBr hydrobromic acid KOH potassium hydroxide
HI hydroiodic acid Ca(OH), calcium hydroxide
HNO; nitric acid Sr(OH)» strontium hydroxide
H,S04 sulfuric acid Ba(OH), barium hydroxide

The relative strengths of acids may be determined by measuring their equilibrium constants in aqueous solutions. In solutions of
the same concentration, stronger acids ionize to a greater extent, and so yield higher concentrations of hydronium ions than do
weaker acids. The equilibrium constant for an acid is called the acid-ionization constant, K;. For the reaction of an acid HA:

HA(aq) + HO(l) = H30% (aq) + A~ (aq)
we write the equation for the ionization constant as:

_ [H30+][A-]
T [HA]

where the concentrations are those at equilibrium. As noted in the section on equilibrium constants, although water is a reactant in
the reaction, it is the solvent as well, so its activity has a value of 1, which does not change the value of K,.

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 K, = K¢,[H,O] for
aqueous solutions. This equation is incorrect because it is an erroneous interpretation of the correct equation K, = Kyy(an,0)-
Because ag,0 = 1 for a dilute solution, Ka = Keg(1), or K; = Keg.
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The larger the K, of an acid, the larger the concentration of H3O* and A~ relative to the concentration of the
nonionized acid, HA. Thus a stronger acid has a larger ionization constant than does a weaker acid. The ionization
constants increase as the strengths of the acids increase.

The following data on acid-ionization constants indicate the order of acid strength: CH3COsH < HNO; < HSO4~

CH;3CO3H(aq) + H20(1) = H30%(ag) + CH3CO2~ (aq) K,=18x107°
HNO;(ag) + HoO(l) = H30% (ag) + NO2 (aq) K,=46x10"*
HSO04 (aq) + HoO(l) = H30%(aq) + 5042 (aq) K,=12x1072

Another measure of the strength of an acid is its percent ionization. The percent ionization of a weak acid is the ratio of the
concentration of the ionized acid to the initial acid concentration, times 100:

[H30+].,

T, 100% (3.5.1.1)
0

% ionization =

Because the ratio includes the initial concentration, the percent ionization for a solution of a given weak acid varies depending on
the original concentration of the acid, and actually decreases with increasing acid concentration.

v/ Example 3.5.1.1: Calculation of Percent lonization from pH

Calculate the percent ionization of a 0.125-M solution of nitrous acid (a weak acid), with a pH of 2.09.

Solution

The percent ionization for an acid is:

[H30+]c,
[HNO2],

x 100
The chemical equation for the dissociation of the nitrous acid is:
HNOs(aq) + Ho0(l) = NOs ™ (aq) + H30™ (aqg).
Since 107P# = [H30%], we find that 10729 = 8.1 x 1073 M, so that percent ionization (Equation 3.5.1.1) is:

8.1x 1073

0125 % 100 = 6.5%

Remember, the logarithm 2.09 indicates a hydronium ion concentration with only two significant figures.

? Exercise 3.5.1.1

Calculate the percent ionization of a 0.10 M solution of acetic acid with a pH of 2.89.

Answer

1.3% ionized

We can rank the strengths of bases by their tendency to form hydroxide ions in aqueous solution. The reaction of a Brgnsted-Lowry
base with water is given by:

B(aq) + H20(!) = HB*(aq) + OH (ag)

Water is the acid that reacts with the base, HB™ is the conjugate acid of the base B, and the hydroxide ion is the conjugate base of
water. A strong base yields 100% (or very nearly so) of OH~ and HB* when it reacts with water; Figure 3.5.1.1 lists several strong
bases. A weak base yields a small proportion of hydroxide ions. Soluble ionic hydroxides such as NaOH are considered strong
bases because they dissociate completely when dissolved in water.
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As we did with acids, we can measure the relative strengths of bases by measuring their base-ionization constant (Kp) in aqueous
solutions. In solutions of the same concentration, stronger bases ionize to a greater extent, and so yield higher hydroxide ion
concentrations than do weaker bases. A stronger base has a larger ionization constant than does a weaker base. For the reaction of a
base, B:

B(aq) + H,0(1) = HB*(aq) + OH (aqg),
we write the equation for the ionization constant as:

_ [HB+][OH-]

Ko B

where the concentrations are those at equilibrium. Again, we do not see water in the equation because water is the solvent and has
an activity of 1. The chemical reactions and ionization constants of the three bases shown are:

NO, ™ (ag) + H20(l) = HNO2(ag) + OH (aq) Kp=217x107"
CH3002_(aq) + HzO(l) = CH3CO2H(aq) + OH_(aq) Ky, =5.6x 10~10
NH3(aq) + HoO(l) = NHy*(ag) + OH™ (ag) K, =18x10"°

A table of ionization constants of weak bases appears in Table E2. As with acids, percent ionization can be measured for basic
solutions, but will vary depending on the base ionization constant and the initial concentration of the solution.

Consider the ionization reactions for a conjugate acid-base pair, HA — A~:
HA(aq) + HO(l) = H30% (aq) + A~ (aq)

. _ [H30+][A-]
with K, = W

A~ (aq) + HoO(l) = OH (aq) + HA(aq)
with K, = %.

Adding these two chemical equations yields the equation for the autoionization for water:

HA(@G) +H0(1) + A>4ag) +Hy0(l) = HyO" (ag) + Aaq) + OH™(aq) + HAtag)

2H,0(1) = H30%(ag) + OH (aq)

As shown in the previous chapter on equilibrium, the K expression for a chemical equation derived from adding two or more other
equations is the mathematical product of the other equations’ K expressions. Multiplying the mass-action expressions together and
cancelling common terms, we see that:

[H30+]l4-]  [HAJOH-]

Hox o = iy 4]

= [H;0*][0H™ | = K

For example, the acid ionization constant of acetic acid (CH;COOH) is 1.8 x 107, and the base ionization constant of its conjugate
base, acetate ion (CH3COO™), is 5.6 x 1071°. The product of these two constants is indeed equal to K,:

Ko xKy=(18x10"%) x (56 x 1070 =1.0 x 107" = K

The extent to which an acid, HA, donates protons to water molecules depends on the strength of the conjugate base, A~, of the acid.
If A~ is a strong base, any protons that are donated to water molecules are recaptured by A~. Thus there is relatively little A~ and
H30 in solution, and the acid, HA, is weak. If A~ is a weak base, water binds the protons more strongly, and the solution contains
primarily A~ and H3O+—the acid is strong. Strong acids form very weak conjugate bases, and weak acids form stronger conjugate
bases (Figure 3.5.1.2).
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Relative acid strength

Stronger + Weaker
S H,CO,  CH;COOH  NH, e
K, 10 1072 107 107° 1078 1071 10712 1071
Relative conjugate base strength
Weaker HCO,~ CH,CO0" NH, OH- Stronger
bases hases
K, 1074 10712 10710 108 107 107 1072 1.0

Figure 3.5.1.2: This diagram shows the relative strengths of conjugate acid-base pairs, as indicated by their ionization constants in
aqueous solution.
Figure 3.5.1.3 lists a series of acids and bases in order of the decreasing strengths of the acids and the corresponding increasing
strengths of the bases. The acid and base in a given row are conjugate to each other.

The first six acids in Figure 3.5.1.3 are the most common strong acids. These acids are completely dissociated in aqueous solution.
The conjugate bases of these acids are weaker bases than water. When one of these acids dissolves in water, their protons are
completely transferred to water, the stronger base.

Those acids that lie between the hydronium ion and water in Figure 3.5.1.3 form conjugate bases that can compete with water for
possession of a proton. Both hydronium ions and nonionized acid molecules are present in equilibrium in a solution of one of these
acids. Compounds that are weaker acids than water (those found below water in the column of acids) in Figure 3.5.1.3 exhibit no
observable acidic behavior when dissolved in water. Their conjugate bases are stronger than the hydroxide ion, and if any conjugate
base were formed, it would react with water to re-form the acid.
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Acid Base

perchloric acid HCIO, [ €O, perchlorate ion

sulfuric acid H,SO, Undergo | Do not HSO, hydrogen sulfate ion

hydrogen iodide HI complete | undergo | |- iodide ion

hydrogen bromide HBr ’ ;Cr:(ijzation E)?lsi(zeation4 Br- bromide ion

hydrogen chloride HCI inwater | inwater | CI~ chloride ion

nitric acid HNO4 NOg5 nitrate ion

hydronium ion H,O" H,O water

hydrogen sulfate ion HSO, SO, sulfate ion
%1 phosphoric acid H;PO, H,PO, dihydrogen phosphate ion g
é hydrogen fluoride HF F fluoride ion g
; nitrous acid HNO, NO,~ nitrite ion a3
g acetic acid CH;CO,H CH;CO, acetate ion %
'% carbonic acid H,CO4 HCO5 hydrogen carbonate ion %
E hydrogen sulfide H,S HS™ hydrogen sulfide ion @
a ammonium ion NH," HN, ammonia .

hydrogen cyanide HCN CN™ cyanide ion

hydrogen carbonate ion ~ HCO5 o carbonate ion

water H,O OH™ hydroxide ion

hydrogen sulfide ion HS™ ) [ sulfide ion

ethanol C,HzOH | DO d':;o 3;:1(;& C,Hs0" ethoxide ion

ammonia NH, racid base 7 NHy amide ion

hydrogen H, :z'LLZ;z?" :2126:‘;2?" H™ hydride ion

methane CH, CHy methide ion

Figure 3.5.1.3: The chart shows the relative strengths of conjugate acid-base pairs.

The extent to which a base forms hydroxide ion in aqueous solution depends on the strength of the base relative to that of the
hydroxide ion, as shown in the last column in Figure 3.5.1.3. A strong base, such as one of those lying below hydroxide ion, accepts
protons from water to yield 100% of the conjugate acid and hydroxide ion. Those bases lying between water and hydroxide ion
accept protons from water, but a mixture of the hydroxide ion and the base results. Bases that are weaker than water (those that lie
above water in the column of bases) show no observable basic behavior in aqueous solution.

v/ Example 3.5.1.2: The Product K x Ky = Ky

Use the K, for the nitrite ion, NO,~, to calculate the K, for its conjugate acid.

Solution
Ky for NO,~ is given in this section as 2.17 x 107", The conjugate acid of NO,~ is HNOy; K, for HNO; can be calculated
using the relationship:

K. xK,=10x10""* =K,

Solving for K, we get:
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Kv

Ky

1.0x 1074
T 217 x 101
=46x10"*

K, =

This answer can be verified by finding the K, for HNO, in Table E1

? Exercise 3.5.1.2

We can determine the relative acid strengths of NH,* and HCN by comparing their ionization constants. The ionization
constant of HCN is given in Table E1 as 4.9 x 107, The ionization constant of NH,* is not listed, but the ionization constant
of its conjugate base, NH3, is listed as 1.8 x 107°. Determine the ionization constant of NH,+, and decide which is the stronger
acid, HCN or NH,+.

Answer

NH,™ is the slightly stronger acid (K, for NH,+ = 5.6 x 10719).

The lonization of Weak Acids and Weak Bases

Many acids and bases are weak; that is, they do not ionize fully in aqueous solution. A solution of a weak acid in water is a mixture
of the nonionized acid, hydronium ion, and the conjugate base of the acid, with the nonionized acid present in the greatest
concentration. Thus, a weak acid increases the hydronium ion concentration in an aqueous solution (but not as much as the same
amount of a strong acid).

Acetic acid (CH3CO,H) is a weak acid. When we add acetic acid to water, it ionizes to a small extent according to the equation:
CH;;COgH(GQ) + Hgo(l) = H3O+(a.q) + CH3COg_(aq)

giving an equilibrium mixture with most of the acid present in the nonionized (molecular) form. This equilibrium, like other
equilibria, is dynamic; acetic acid molecules donate hydrogen ions to water molecules and form hydronium ions and acetate ions at
the same rate that hydronium ions donate hydrogen ions to acetate ions to reform acetic acid molecules and water molecules. We
can tell by measuring the pH of an aqueous solution of known concentration that only a fraction of the weak acid is ionized at any
moment (Figure 3.5.1.4). The remaining weak acid is present in the nonionized form.

For acetic acid, at equilibrium:

_ [H304][CH3C02—]

K, = =18x107°

[CH3CO2H]
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Figure 3.5.1.4: pH paper indicates that a 0.1-M solution of HCI (beaker on left) has a pH of 1. The acid is fully ionized and [Hs0*] =
0.1 M. A 0.1-M solution of CH3CO,H (beaker on right) has a pH of 3 ( [H30*] = 0.001 M) because the weak acid CH3CO,H is
only partially ionized. In this solution, [H30%] < [CH3CO,H]. (credit: modification of work by Sahar Atwa)

This image shows two bottles containing clear colorless solutions. Each bottle contains a single p H indicator strip. The strip in the
bottle on the left is red, and a similar red strip is placed on a filter paper circle in front of the bottle on surface on which the bottles
are resting. Similarly, the second bottle on the right contains and orange strip and an orange strip is placed in front of it on a filter
paper circle. Between the two bottles is a pack of p Hydrion papers with a p H color scale on its cover.

Table 3.5.1.1: Tonization Constants of Some Weak Acids

Ionization Reaction K, at 25 °C

HSO4~ + Hy0 = H3O* + SO,2- 1.2 x 1072

HF + H,0 = H;0* + F- 3.5x107*

HNO; + H,0 = H30+ + NOy~ 46x1074
HNCO + H;0 = HgO* + NCO~ 2x 107

HCO,H + HyO = H30+ + HCO,~ 1.8x107*

CH3CO,H + Hy0 = H301 + CH3CO,™ 1.8x 107

HCIO + H,0 += H30" 4 CIO™ 2.9x1078

HBrO + H,0 = H30" + BrO~ 28x107°

HCN + H,0 = H30* + CN— 49x 10710

Table 3.5.1.1 gives the ionization constants for several weak acids; additional ionization constants can be found in Table E1.

At equilibrium, a solution of a weak base in water is a mixture of the nonionized base, the conjugate acid of the weak base, and
hydroxide ion with the nonionized base present in the greatest concentration. Thus, a weak base increases the hydroxide ion
concentration in an aqueous solution (but not as much as the same amount of a strong base).

For example, a solution of the weak base trimethylamine, (CH3)3N, in water reacts according to the equation:

(CH3)3N(ag) + H,O(l) = (CH3)3sNH* (ag) + OH™ (ag)
This gives an equilibrium mixture with most of the base present as the nonionized amine. This equilibrium is analogous to that
described for weak acids.

We can confirm by measuring the pH of an aqueous solution of a weak base of known concentration that only a fraction of the base
reacts with water (Figure 14.4.5). The remaining weak base is present as the unreacted form. The equilibrium constant for the
ionization of a weak base, Kj, is called the ionization constant of the weak base, and is equal to the reaction quotient when the

reaction is at equilibrium. For trimethylamine, at equilibrium:

[(CH3)3NH+|[OH-]

Ky =

[(CH3)3N]
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Figure 3.5.1.5: pH paper indicates that a 0.1-M solution of NHj (left) is weakly basic. The solution has a pOH of 3 ((OH™] = 0.001
M) because the weak base NHj3 only partially reacts with water. A 0.1-M solution of NaOH (right) has a pOH of 1 because NaOH is
a strong base (credit: modification of work by Sahar Atwa).

The ionization constants of several weak bases are given in Table 3.5.1.2 and Table E2.

Table 3.5.1.2: Ionization Constants of Some Weak Bases

Ionization Reaction Ky at 25 °C
(CH3)2NH + H0 = (CH3),NH,* 4 OH~ 5.9x 107
CH;3NH; + Hy0 = CH3NH;3* + OH™ 4.4x1074
(CH3)3N + Hy0 = (CH;)sNH* + OH~ 6.3x107°
NH; + H,0 — NH,*+ 4+ OH~ 1.8x107°
CeH5NH; + H;0 == CgNs;NH;3* + OH- 43x10710

v/ Example 3.5.1.3: Determination of K, from Equilibrium Concentrations

Acetic acid is the principal ingredient in vinegar; that's why it tastes sour. At equilibrium, a solution contains [CH3CO,H] =
0.0787 M and [H30*] = [CH3CO2™~ | = 0.00118 M. What is the value of K, for acetic acid?

Vinegar is a solution of acetic acid, a weak acid. (credit: modification of work by “HomeSpot HQ”/Flickr)

Solution
We are asked to calculate an equilibrium constant from equilibrium concentrations. At equilibrium, the value of the equilibrium

constant is equal to the reaction quotient for the reaction:
CH3CO2H(ag) + H,O(l) = H;0" (ag) + CH3CO2 (ag)

[H30+][CH3C02—]
[CH3CO2H)|

_ (0.00118)(0.00118)

- 0.0787

K, =

=1.77x107°
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What is the equilibrium constant for the ionization of the HSO,~ ion, the weak acid used in some household cleansers:
HSO04™ (ag) + H20(!) = H30* (ag) + 504> (aq)
In one mixture of NaHSO, and NapSO, at equilibrium, [H30%] = 0.027 M; [HSO4~ ] = 0.29 M; and [SO4*~ ] = 0.13 M.

Answer

K, for HSO,~ =1.2 x x10~2

v Example 3.5.1.4: Determination of K}, from Equilibrium Concentrations

Caffeine, CgH;(N,O, is a weak base. What is the value of K, for caffeine if a solution at equilibrium has [CgH;(N,O,] = 0.050
M, [CgHoN405H*] =5.0 x 10> M, and [OH ] = 2.5 x 107> M?

Solution

At equilibrium, the value of the equilibrium constant is equal to the reaction quotient for the reaction:
CgH1oN4Oo (aq) + HgO(l) = CsH10N402H+ (aq) + OH™ (aq)

)

_ [C8H10N4O2H+][OH-] _ (5.0 x 1073)(2.5 x 1073)

_ —4
Ko = [C8H10N402] 0.050 =25x10

? Exercise 3.5.1.4

What is the equilibrium constant for the ionization of the HPO4%~ ion, a weak base:
HPO,*" (aq) + H,O(!) = HoPO4 (ag) + OH ™ (ag)
In a solution containing a mixture of NaH,PO,4 and NayHPOQ, at equilibrium with:

e [OH|=13x10"°M
e [H;PO4 ]=0.042M and
o [HPO427]=0.341 M.

Answer

K}, for HPO4?> = 1.6 x 1077

v/ Example 3.5.1.5: Determination of K, or Kp from pH

The pH of a 0.0516-M solution of nitrous acid, HNO,, is 2.34. What is its K,?
HNO;(ag) + H,0(l) = H30% (ag) + NO2 ™ (aq)
Solution
We determine an equilibrium constant starting with the initial concentrations of HNO,, H3O*, and NO,~ as well as one of the

final concentrations, the concentration of hydronium ion at equilibrium. (Remember that pH is simply another way to express
the concentration of hydronium ion.)

We can solve this problem with the following steps in which x is a change in concentration of a species in the reaction:
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Calculate Calculate Salcumid
b [H307] XH:0"] [HNO] &
X[NO ]

Calculate
equilibrium
concentrations

S

{ A

Calculate
Ka

\ y

We can summarize the various concentrations and changes as shown here. Because water is the solvent, it has a fixed activity
equal to 1. Any small amount of water produced or used up during the reaction will not change water's role as the solvent, so
the value of its activity remains equal to 1 throughout the reaction.

HNO, + H,0 —— Hz;0" + NO,
Initial concentration (M) 0.0516 ~0 0
Change (M) —X + X X
Equilibrium [HNOoJ; + (=) = [H3O]"+ x[NO,]” |  0.0046
concentration (M) 0.0516 + (—x) +x~0+ x

concentration of H;O+, from the pH:
[H30™] = 107234 = 0.0046 M

The change in concentration of H3O%, z,0+, is the difference between the equilibrium concentration of H;0", which we
determined from the pH, and the initial concentration, [H3O0%];. The initial concentration of H3O* is its concentration in pure
water, which is so much less than the final concentration that we approximate it as zero (~0).

The change in concentration of NO,~ is equal to the change in concentration of [H3O%]. For each 1 mol of H3O" that forms, 1
mol of NO,~ forms. The equilibrium concentration of HNO; is equal to its initial concentration plus the change in its
concentration.

Now we can fill in the ICE table with the concentrations at equilibrium, as shown here:

HNO, + H,0 — H;0' + NO,

Initial concentration (M) 0.0516 =0 0
Change (M) —X + X =0.0046 | x=0.0046
Equilibrium concentration (M) 0.0470 0.0046 0.0046

Finally, we calculate the value of the equilibrium constant using the data in the table:

_ [H30+]INO2-] _ (0.0046)(0.0046)

K, = =45x1074
5 [ANO2] (0.0470) X
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The pH of a solution of household ammonia, a 0.950-M solution of NHj3 is 11.612. What is Ky, for NH3.

Answer

K,=18x10"°

v Example 3.5.1.6: Equilibrium Concentrations in a Solution of a Weak Acid

Formic acid, HCO;H, is the irritant that causes the body’s reaction to ant stings.

The pain of an ant’s sting is caused by formic acid. (credit: John Tann)
What is the concentration of hydronium ion and the pH in a 0.534-M solution of formic acid?
HCO,H(ag) + H,0(l) = H307 (ag) + HCO; (ag) K, =1.8 x 10

Solution
1. Determine x and equilibrium concentrations. The equilibrium expression is:
HCOgH(aq) + HgO(l) = H30+ (aq) + HCOg_(aq)

Because water is the solvent, it has a fixed activity equal to 1. Any small amount of water produced or used up during the
reaction will not change water's role as the solvent, so the value of its activity remains equal to 1 throughout the reaction so we
do not need to consider it when setting up the ICE table.

The table shows initial concentrations (concentrations before the acid ionizes), changes in concentration, and equilibrium
concentrations follows (the data given in the problem appear in color):

HCO,H  + H,0 — Hz0"

Initial concentration (M) 0.534 ~D 0
Change (M) —x X X
Equilibrium concentration (M) | 0.534 + (—x) QL= 0+x=x

2. Solve for z and the equilibrium concentrations. At equilibrium:

B . [H30+][HCO2-]
Ky=18x 1074 = S o

__ @@ _ 4

= 0ssa_g _ 8x10

Now solve for z. Because the initial concentration of acid is reasonably large and K, is very small, we assume that z << 0.534,
which permits us to simplify the denominator term as (0.534 — z) = 0.534. This gives:

2

K,=18x104= -2 _
» = 18x107 = o7sa

Solve for z as follows:
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z? = 0.534 x (1.8 x 107%)
=9.6x107°
z=v96x10""

=9.8x1073
To check the assumption that z is small compared to 0.534, we calculate:

r _ 98x107°
0.534 ~  0.534

=1.8x1072(1.8

x is less than 5% of the initial concentration; the assumption is valid.

We find the equilibrium concentration of hydronium ion in this formic acid solution from its initial concentration and the change in
that concentration as indicated in the last line of the table:

[H307]= 04+2=04+9.8x 1073 M.
=98x103M

The pH of the solution can be found by taking the negative log of the [H307], so:

pH = —log(9.8 x 107%) = 2.01

? Exercise 3.5.1.6: acetic acid

Only a small fraction of a weak acid ionizes in aqueous solution. What is the percent ionization of acetic acid in a 0.100-M
solution of acetic acid, CH;CO,H?

CH;3CO,H(ag) + HoO(l) = H307(ag) + CH3CO2 (aq) K, =1.8 x107°

Hint

Determine [CH3CO,™ | at equilibrium.) Recall that the percent ionization is the fraction of acetic acid that is ionized x 100,
[CH3C02—]

——————— x 100.
g [CH3CO2H]initial x 100

Answer

percent ionization = 1.3%

The following example shows that the concentration of products produced by the ionization of a weak base can be determined by
the same series of steps used with a weak acid.

v Example 3.5.1.7: Equilibrium Concentrations in a Solution of a Weak Base

Find the concentration of hydroxide ion in a 0.25-M solution of trimethylamine, a weak base:
(CH3)3N(aq) + H,0(1) & (CH;3)sNH* (ag) + OH (ag) Kp = 6.3 x 107°

Solution This problem requires that we calculate an equilibrium concentration by determining concentration changes as the
ionization of a base goes to equilibrium. The solution is approached in the same way as that for the ionization of formic acid in
Example 3.5.1.6. The reactants and products will be different and the numbers will be different, but the logic will be the same:

Determine the Determine x and Solve for x and Check the math.
direction of the equilibrium the equilibrium
change. concentrations. concentrations.
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1. Determine x and equilibrium concentrations. The table shows the changes and concentrations:

(CHg)gN P Hzo : (CH3)3NH+ + OH

Initial concentration (M) 0.25 0 ~0
Change (M) —X X X
Equilibrium concentration (M) | 0.25 + (—x) 0+ x ~0 + x

2. Solve for z and the equilibrium concentrations. At equilibrium:

[((CH3)SNH+]|[OH-]  (z)(z)

Ko = [(CH3)3N] T 052

—6.3x 107°

If we assume that x is small relative to 0.25, then we can replace (0.25 — x) in the preceding equation with 0.25. Solving the
simplified equation gives:

z=40x10"3
This change is less than 5% of the initial concentration (0.25), so the assumption is justified.

Recall that, for this computation, z is equal to the equilibrium concentration of hydroxide ion in the solution (see earlier
tabulation):

(OH  |= 0+z2=2=40x103M
=40x10°M
Then calculate pOH as follows:
pOH = —log(4.3 x 1073) = 2.40
Using the relation introduced in the previous section of this chapter:
pH + pOH = pK,, = 14.00
permits the computation of pH:
pH = 14.00 — pOH = 14.00 — 2.37 = 11.60

Check the work. A check of our arithmetic shows that Kp = 6.3 x 1075,

? Exercise 3.5.1.7

a. Show that the calculation in Step 2 of this example gives an x of 4.3 x 1073 and the calculation in Step 3 shows Kj, = 6.3 x
1.
b. Find the concentration of hydroxide ion in a 0.0325-M solution of ammonia, a weak base with a K, of 1.76 x 1072,

[NH4+]
W x 100%

Calculate the percent ionization of ammonia, the fraction ionized x 100, or
Answer a

7.56 x 1074 M, 2.33%
Answer b

2.33%

Some weak acids and weak bases ionize to such an extent that the simplifying assumption that x is small relative to the initial
concentration of the acid or base is inappropriate. As we solve for the equilibrium concentrations in such cases, we will see that we
cannot neglect the change in the initial concentration of the acid or base, and we must solve the equilibrium equations by using the
quadratic equation.
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v/ Example 3.5.1.8: Equilibrium Concentrations in a Solution of a Weak Acid

Sodium bisulfate, NaHSQy, is used in some household cleansers because it contains the HSO4~ ion, a weak acid. What is the
pH of a 0.50-M solution of HSO,~?

HSO, (ag) + H20(l) & Hs0" (ag) + S04 (ag) Ka=1.2x 1072

Solution
We need to determine the equilibrium concentration of the hydronium ion that results from the ionization of HSO,~ so that we
can use [H3O™"] to determine the pH. As in the previous examples, we can approach the solution by the following steps:

Determine x and Solve for x and Check the math.
the equilibrium the equilibrium

concentrations. concentrations.

1. Determine z and equilibrium concentrations. This table shows the changes and concentrations:

HSO,~ + H,0 — H30" + S0,

Initial concentration (M) 0.50 =) 0
Change (M) —X X X
Equilibrium 050 + (—x) = 0+x=x 0+x=x

concentration (M) 0.50—x)

2. Solve for z and the concentrations.

As we begin solving for z, we will find this is more complicated than in previous examples. As we discuss these complications
we should not lose track of the fact that it is still the purpose of this step to determine the value of .

At equilibrium:

[H30+][SO4?—]  (z)(z)
[HSO4—] =~ 050—=z

K,=12x102=

If we assume that x is small and approximate (0.50 — x) as 0.50, we find:
z="7.7x%10"2
When we check the assumption, we confirm:

T ?
— <005
[ESO; T

which for this system is

z  77x1072

050 — oo~ >15(15%)

The value of z is not less than 5% of 0.50, so the assumption is not valid. We need the quadratic formula to find z.

The equation:

- —2_ _(2)@)
K,=12x107 = 7o

gives

6.0 x 1073 — 1.2 x 102z = z%*
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or
2 +12x10%2-6.0x10% =0
This equation can be solved using the quadratic formula. For an equation of the form
ar* + bz +¢c=0,
z is given by the quadratic equation:

o —b+ Vb2t —4ac
- 2a

In this problem, a =1, b=1.2 x 1073, and ¢ = —6.0 x 1073.

Solving for x gives a negative root (which cannot be correct since concentration cannot be negative) and a positive root:
z="72x10""

Now determine the hydronium ion concentration and the pH:

[H30']= 042=0+72x1072M
=72x10%* M

The pH of this solution is:

pH = —log[H30%] = —log7.2 x 1072 = 1.14

? Exercise 3.5.1.8

a. Show that the quadratic formula gives z = 7.2 x 1072,
b. Calculate the pH in a 0.010-M solution of caffeine, a weak base:

CgH10N402(aq) + HgO(l) = CSH10N402H+(aq) + OH_(a,q) Ky, =25x% 107
Hint
It will be necessary to convert [OH] to [H3O*] or pOH to pH toward the end of the calculation.

Answer

pH 11.16

The Relative Strengths of Strong Acids and Bases

Strong acids, such as HCL, HBr, and HI, all exhibit the same strength in water. The water molecule is such a strong base compared
to the conjugate bases Cl~, Br, and I" that ionization of these strong acids is essentially complete in aqueous solutions. In solvents
less basic than water, we find HCl, HBr, and HI differ markedly in their tendency to give up a proton to the solvent. For example,
when dissolved in ethanol (a weaker base than water), the extent of ionization increases in the order HC1 < HBr < HI, and so HI is
demonstrated to be the strongest of these acids. The inability to discern differences in strength among strong acids dissolved in
water is known as the leveling effect of water.

Water also exerts a leveling effect on the strengths of strong bases. For example, the oxide ion, 0%, and the amide ion, NH,~, are
such strong bases that they react completely with water:

0%~ (ag) + HyO(l) — OH (aq) + OH (aq)
NH; (ag) + H,0(l) — NHj3(agq) + OH (aq)
Thus, O>~ and NH,~ appear to have the same base strength in water; they both give a 100% yield of hydroxide ion.

In the absence of any leveling effect, the acid strength of binary compounds of hydrogen with nonmetals (A) increases as the H-A
bond strength decreases down a group in the periodic table. For group 17, the order of increasing acidity is HF < HC1 < HBr < HI.
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Likewise, for group 16, the order of increasing acid strength is HyO < H,S < H)Se < HyTe. Across a row in the periodic table, the
acid strength of binary hydrogen compounds increases with increasing electronegativity of the nonmetal atom because the polarity
of the H-A bond increases. Thus, the order of increasing acidity (for removal of one proton) across the second row is
CH,4 < NH3 < H,0 < HF; across the third row, it is SiH4 < PH3 < H2S < HCI (see Figure 3.5.1.6).

14 15 16 17

6 7 8 9
CH, || NH3 || H,O || HF
Meither acid Weak base Weak acid
norbase ||k, =18x10%| N Il —68x 107t

14 . 15 16 17
SiH,|| PH3 || H,S || HCI

Meither acid | [Very weak base| | Weak acid Strong acid
norbase | |K,=4x10"8| |k, =95x10"

Increasing acid strength I

Increasing base strength

Figure 3.5.1.6: As you move from left to right and down the periodic table, the acid strength increases. As you move from right to
left and up, the base strength increases.

yiBuans pioe Buisealou)

ybuans aseq Buisealou|

This diagram has two rows and four columns. Red arrows point left across the bottom of the figure and down at the right side and
are labeled “Increasing acid strength.” Blue arrows point left across the bottom and up at the right side of the figure and are labeled
“Increasing base strength.” The first column is labeled 14 at the top and two white squares are beneath it. The first has the number
6 in the upper left corner and the formula C H subscript 4 in the center along with designation Neither acid nor base. The second
square contains the number 14 in the upper left corner, the formula C H subscript 4 at the center and the designation Neither acid
nor base. The second column is labeled 15 at the top and two blue squares are beneath it. The first has the number 7 in the upper
left corner and the formula N H subscript 3 in the center along with the designation Weak base and K subscript b equals 1.8 times
10 superscript negative 5. The second square contains the number 15 in the upper left corner, the formula P H subscript 3 at the
center and the designation Very weak base and K subscript b equals 4 times 10 superscript negative 28. The third column is labeled
16 at the top and two squares are beneath it. The first is shaded tan and has the number 8 in the upper left corner and the formula H
subscript 2 O in the center along with the designation neutral. The second square is shaded pink, contains the number 16 in the
upper left corner, the formula H subscript 2 S at the center and the designation Weak acid and K subscript a equals 9.5 times 10
superscript negative 8. The fourth column is labeled 17 at the top and two squares are beneath it. The first is shaded pink, has the
number 9 in the upper left corner and the formula H F in the center along with the designation Weak acid and K subscript a equals
6.8 times 10 superscript negative 4. The second square is shaded a deeper pink, contains the number 17 in the upper left corner, the
formula H C 1 at the center, and the designation Strong acid.

Compounds containing oxygen and one or more hydroxyl (OH) groups can be acidic, basic, or amphoteric, depending on the
position in the periodic table of the central atom E, the atom bonded to the hydroxyl group. Such compounds have the general

formula O,E(OH)y, and include sulfuric acid, 0,S(OH),, sulfurous acid, OS(OH),, nitric acid, 0,NOH, perchloric acid, OsCIOH,
aluminum hydroxide, Al(OH)s, calcium hydroxide, Ca(OH)g, and potassium hydroxide, KOH:

A diagram is shown that includes a central atom designated with the letter E. Single bonds extend above, below, left, and right of

the E. An O atom is bonded to the right of the E, and an arrow points to the bond labeling it, “Bond a.” An H atom is single bonded

to the right of the O atom. An arrow pointing to this bond connects it to the label, “Bond b.”
If the central atom, E, has a low electronegativity, its attraction for electrons is low. Little tendency exists for the central atom to
form a strong covalent bond with the oxygen atom, and bond a between the element and oxygen is more readily broken than bond b
between oxygen and hydrogen. Hence bond a is ionic, hydroxide ions are released to the solution, and the material behaves as a
base—this is the case with Ca(OH), and KOH. Lower electronegativity is characteristic of the more metallic elements; hence, the
metallic elements form ionic hydroxides that are by definition basic compounds.
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If, on the other hand, the atom E has a relatively high electronegativity, it strongly attracts the electrons it shares with the oxygen
atom, making bond a relatively strongly covalent. The oxygen-hydrogen bond, bond b, is thereby weakened because electrons are
displaced toward E. Bond b is polar and readily releases hydrogen ions to the solution, so the material behaves as an acid. High
electronegativities are characteristic of the more nonmetallic elements. Thus, nonmetallic elements form covalent compounds
containing acidic ~OH groups that are called oxyacids.

Increasing the oxidation number of the central atom E also increases the acidity of an oxyacid because this increases the attraction
of E for the electrons it shares with oxygen and thereby weakens the O-H bond. Sulfuric acid, HySOy4, or O,S(OH), (with a sulfur
oxidation number of +6), is more acidic than sulfurous acid, H»SO3, or OS(OH); (with a sulfur oxidation number of +4). Likewise
nitric acid, HNOj3, or O,NOH (N oxidation number = +5), is more acidic than nitrous acid, HNO,, or ONOH (N oxidation number
= +3). In each of these pairs, the oxidation number of the central atom is larger for the stronger acid (Figure 3.5.1.7).

Nitrous acid Nitric acid
HeoH
Vi i Y/
H=0\320 H—0—=N
Sulfurous acid Sulfuric acid
T i & i
He H

o
l H—0-S —O0—H
0='s—0—H R LU
o 101

Increasing acid strength I

Figure 3.5.1.7: As the oxidation number of the central atom E increases, the acidity also increases.

A diagram is shown that includes four structural formulas for acids. A red, right pointing arrow is placed beneath the structures
which is labeled “Increasing acid strength.” At the top left, the structure of Nitrous acid is provided. It includes an H atom to which
an O atom with two unshared electron pairs is connected with a single bond to the right. A single bond extends to the right and
slightly below to a N atom with one unshared electron pair. A double bond extends up and to the right from this N atom to an O
atom which has two unshared electron pairs. To the upper right is a structure for Nitric acid. This structure differs from the previous
structure in that the N atom is directly to the right of the first O atom and a second O atom with three unshared electron pairs is
connected with a single bond below and to the right of the N atom which has no unshared electron pairs. At the lower left, an O
atom with two unshared electron pairs is double bonded to its right to an S atom with a single unshared electron pair. An O atom
with two unshared electron pairs is bonded above and an H atom is single bonded to this O atom. To the right of the S atom is a
single bond to another O atom with two unshared electron pairs to which an H atom is single bonded. This structure is labeled
“Sulfurous acid.” A similar structure which is labeled “Sulfuric acid” is placed in the lower right region of the figure. This structure
differs in that an H atom is single bonded to the left of the first O atom, leaving it with two unshared electron pairs and a fourth O
atom with two unshared electron pairs is double bonded beneath the S atom, leaving it with no unshared electron pairs.

Hydroxy compounds of elements with intermediate electronegativities and relatively high oxidation numbers (for example,
elements near the diagonal line separating the metals from the nonmetals in the periodic table) are usually amphoteric. This means
that the hydroxy compounds act as acids when they react with strong bases and as bases when they react with strong acids. The
amphoterism of aluminum hydroxide, which commonly exists as the hydrate Al(H20)3(OH)s, is reflected in its solubility in both
strong acids and strong bases. In strong bases, the relatively insoluble hydrated aluminum hydroxide, A1(H,0)3(OH)s, is converted
into the soluble ion, [A1(H,0)»(OH),]~, by reaction with hydroxide ion:

[Al(H20)3(OH)s](ag) + OH™ (ag) = H20(l) + [AL(H20)2(OH)4] ™ (aq)

In this reaction, a proton is transferred from one of the aluminum-bound H,O molecules to a hydroxide ion in solution. The
Al(H»0)3(0OH)3 compound thus acts as an acid under these conditions. On the other hand, when dissolved in strong acids, it is
converted to the soluble ion [AI(H,0)g]3+ by reaction with hydronium ion:

3 H30+ (aq) + Al(HgO)g(OH)3(aq) = AI(H20)63+ (aq) + 3 Hgo(l)

In this case, protons are transferred from hydronium ions in solution to Al(H,0)3(OH)3, and the compound functions as a base.
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Summary

The strengths of Brensted-Lowry acids and bases in aqueous solutions can be determined by their acid or base ionization constants.
Stronger acids form weaker conjugate bases, and weaker acids form stronger conjugate bases. Thus strong acids are completely
ionized in aqueous solution because their conjugate bases are weaker bases than water. Weak acids are only partially ionized
because their conjugate bases are strong enough to compete successfully with water for possession of protons. Strong bases react
with water to quantitatively form hydroxide ions. Weak bases give only small amounts of hydroxide ion. The strengths of the
binary acids increase from left to right across a period of the periodic table (CH4 < NH3 < H>O < HF), and they increase down a
group (HF < HCI < HBr < HI). The strengths of oxyacids that contain the same central element increase as the oxidation number of
the element increases (HySO3 < H,SOy). The strengths of oxyacids also increase as the electronegativity of the central element
increases [H>SeO4 < HySOy4].

Key Equations

_ [H30+][A—]
o
HB+|[OH—
L] Kb =
[B]
o K,xKy=10x10""%=K, (at room temperature)
L [H30+]eq
e Percent ionization = ————— x 100
[HA]p

Glossary

acid ionization constant (K,)

equilibrium constant for the ionization of a weak acid

base ionization constant (Kp)

equilibrium constant for the ionization of a weak base

leveling effect of water
any acid stronger than HzO*, or any base stronger than OH~ will react with water to form H30+, or OH™, respectively; water
acts as a base to make all strong acids appear equally strong, and it acts as an acid to make all strong bases appear equally
strong

oxyacid

compound containing a nonmetal and one or more hydroxyl groups

percent ionization

ratio of the concentration of the ionized acid to the initial acid concentration, times 100

3.5.1: Weak Acids is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

o 14.3: Relative Strengths of Acids and Bases by OpenStax is licensed CC BY 4.0. Original source:
https://openstax.org/details/books/chemistry-2e.
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3.5.2: Weak Bases

The pH of a solution of a weak base can be calculated in a way which is very similar to that used for a weak acid. Instead of an acid
constant Kg, a base constant K; must be used. If a weak base B accepts protons from water according to the equation

B+ H,O=BH' +OH" (3.5.2.1)
then the base constant is defined by the expression
+ ~T—
Ky = w (3.5.2.2)

A list of K} values for selected bases arranged in order of strength is given in the table below. This table is part of our larger

collection of acid-base resources.

Table 3.5.2.1: The Base Constants for Some Bases at 25°C. Taken from Hogfelt, E. Perrin, D. D. Stability Constants of Metal Ion Complexes, 15
ed. Oxford; New Pergamon, 1979-1982. International Union of Pure and Applied Chemistry, Commission on Equilibrium. ISBN: 0080209580
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Formula and Ionization

Base . Ky Molecular Shape
Equation

Ammonia NH;3+ H,O = NH} + OH- 1.77 x 107

Ce¢HsNH; + HO = CﬁHsNH;—

Aniline 3.9 x 1010
+OH-
Carbonate ion CO¥ + H,0 = HCO; + OH~ 21x107*
) NoHy+ H,O = N Hf + OH- Ki=12x10%
Hydrazine - 2 5 B 15
N,H; + H,O = N,H* + OH Ky, =1.3x10
Hydride ion H + H,O— Hy+OH~ 1.0
Phosphate ion PO} + H;0 = HPOY + OH- 5.9 %1073
CsHsN + Hy0 = CsHsNH*
Pyridine sHslN + HaO = Colls 1.6x 1070
+OH

To find the pH we follow the same general procedure as in the case of a weak acid. If the stoichiometric concentration of the base is
indicated by cp, the result is entirely analogous to equation 4 in the section on the pH of weak acids; namely,
[oH7]*

Ky=—"-—"—"
b cb—[OH_]

(3.5.2.3)

Under most circumstances we can make the approximation
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in which case Equation 3.5.2.3 reduces to the approximation

cr[OH _] R~ Cp

[O.Hf] ~ v/ Kyep (3524)

which is identical to the expression obtained in the acid case (approximation shown in equation 6 in the section on the pH of weak
acids) except that OH- replaces H;0* and b replaces a. Once we have found the hydroxide-ion concentration from this
approximation, we can then easily find the pOH, and from it the pH.

v/ Example 3.5.2.1: pH using Kp

Using the value for K}, listed in the table, find the pH of 0.100 M NH3.
Solution

It is not a bad idea to guess an approximate pH before embarking on the calculation. Since we have a dilute solution of a weak
base, we expect the solution to be only mildly basic. A pH of 13 or 14 would be too basic, while a pH of 8 or 9 is too close to
neutral. A pH of 10 or 11 seems reasonable. Using Equation 3.5.2.4 we have

[ OHT] = v Kpep

=118 x 105 mol L! x 0.100 mol L!

=418 x 107 mol? L2
=134 x 10~% mol L!

Checking the accuracy of the approximation, we find

[OHT] 1.34 x 1073

=~ 1 percent
o 0.1 P

The approximation is valid, and we thus proceed to find the pOH.

-
pOH = —log[o—]1 = —log(1.34 x 107%) = 2.87
mol L™

From which
pH = 14.00-pOH = 14.00-2.87 = 11.13
This calculated value checks well with our initial guess.
Occasionally we will find that the approximation
a—[OH |~ ¢y

is not valid, in which case we must use a series of successive approximations similar to that outlined above for acids. The
appropriate formula can be derived from Equation 3.5.2.3 and reads

[OH_] = K(,(cb — [OH_])

3.5.2: Weak Bases is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

« 14.5: The pH of Solutions of Weak Bases by Ed Vitz, John W. Moore, Justin Shorb, Xavier Prat-Resina, Tim Wendorff, & Adam Hahn is
licensed CC BY-NC-SA 4.0.
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3.6: 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 3.6.1
and Figure 3.6.1, 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 3.6.1). 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(,,, (3.6.1)
CsHsNHg, + H0() = CsHsNHg) + H3O, (3.6.2)

Equation 3.6.1 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 3.6.2, 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 3.6.1). 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 3.6.1. 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 3.6.1: 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 3.6.2):

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 3.6.2: 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, (3.6.3)

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 3.6.1

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 3.6.1

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.

3.6: 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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3.7: 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 (3.7.1)

One of the most commonly-encountered kinds of Lewis acid-base reactions occurs when electron-donating ligands form
coordination complexes with transition-metal ions.

= hexachloride “
tin{(IV) chioride chloride fon tin(Iv) ion
acid base complex ion {(adduct)

Figure 3.7.1: The tin atom in SnCl4 can expand its valence shell by utilizing a pair of d-orbitals, changing its hybridization from sp?
to sp3d2.

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 CHs . Cl CH Cl
i e Pl 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 3.7.1).
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 3.7.1 indicates:

Table 3.7.1: Popular Solvent systems

solvent autoprotolysis reaction PKap
water 2 H,0 - H;0* + OH~ 14
ammonia 2 NH3 —» NH," + NH,~ 33
acetic acid 2 CH3COOH - CHECOOHZ+ + 13

CH3COO

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 3.7.2: Use of non-aqueous solvents allows the study of strong acids that are hindered by the "leveling" of the solvent.

3.7: 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:

http://www.chem1.com/acad/webtext/virtualtextbook.html.
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3.8: Acid-Base Chemistry in day today life (heartburn and Kitchen Chemistry))

4b Learning Objectives

o Predict whether a salt solution will be acidic, basic, or neutral
o Calculate the concentrations of the various species in a salt solution
o Describe the process that causes solutions of certain metal ions to be acidic

As we have seen in the section on chemical reactions, when an acid and base are mixed, they undergo a neutralization reaction. The
word “neutralization” seems to imply that a stoichiometrically equivalent solution of an acid and a base would be neutral. This is
sometimes true, but the salts that are formed in these reactions may have acidic or basic properties of their own, as we shall now
see.

Acid-Base Neutralization

A solution is neutral when it contains equal concentrations of hydronium and hydroxide ions. When we mix solutions of an acid
and a base, an acid-base neutralization reaction occurs. However, even if we mix stoichiometrically equivalent quantities, we may
find that the resulting solution is not neutral. It could contain either an excess of hydronium ions or an excess of hydroxide ions
because the nature of the salt formed determines whether the solution is acidic, neutral, or basic. The following four situations
illustrate how solutions with various pH values can arise following a neutralization reaction using stoichiometrically equivalent
quantities:

1. A strong acid and a strong base, such as HCl(aq) and NaOH(aq) will react to form a neutral solution since the conjugate
partners produced are of negligible strength:

HCl(ag) + NaOH(aq) = NaCl(ag) + H,0(l)

2. A strong acid and a weak base yield a weakly acidic solution, not because of the strong acid involved, but because of the
conjugate acid of the weak base.

3. A weak acid and a strong base yield a weakly basic solution. A solution of a weak acid reacts with a solution of a strong base to
form the conjugate base of the weak acid and the conjugate acid of the strong base. The conjugate acid of the strong base is a
weaker acid than water and has no effect on the acidity of the resulting solution. However, the conjugate base of the weak acid
is a weak base and ionizes slightly in water. This increases the amount of hydroxide ion in the solution produced in the reaction
and renders it slightly basic.

4. A weak acid plus a weak base can yield either an acidic, basic, or neutral solution. This is the most complex of the four types of
reactions. When the conjugate acid and the conjugate base are of unequal strengths, the solution can be either acidic or basic,
depending on the relative strengths of the two conjugates. Occasionally the weak acid and the weak base will have the same
strength, so their respective conjugate base and acid will have the same strength, and the solution will be neutral. To predict
whether a particular combination will be acidic, basic or neutral, tabulated K values of the conjugates must be compared.

Stomach Antacids

Our stomachs contain a solution of roughly 0.03 M HCI, which helps us digest the food we eat. The burning sensation associated
with heartburn is a result of the acid of the stomach leaking through the muscular valve at the top of the stomach into the lower
reaches of the esophagus. The lining of the esophagus is not protected from the corrosive effects of stomach acid the way the lining
of the stomach is, and the results can be very painful. When we have heartburn, it feels better if we reduce the excess acid in the
esophagus by taking an antacid. As you may have guessed, antacids are bases. One of the most common antacids is calcium
carbonate, CaCOj. The reaction,

CaCO3(s) + 2HCl(ag) = CaCly(ag) + H,0(l) + CO5(g)

not only neutralizes stomach acid, it also produces CO,(g), which may result in a satisfying belch.

Milk of Magnesia is a suspension of the sparingly soluble base magnesium hydroxide, Mg(OH),. It works according to the
reaction:
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Mg(OH)s(s) = Mg** (aq) +20H (aq)
The hydroxide ions generated in this equilibrium then go on to react with the hydronium ions from the stomach acid, so that :
HsO" + OH™ = 2H,0(])

This reaction does not produce carbon dioxide, but magnesium-containing antacids can have a laxative effect. Several antacids
have aluminum hydroxide, AI(OH)s, as an active ingredient. The aluminum hydroxide tends to cause constipation, and some
antacids use aluminum hydroxide in concert with magnesium hydroxide to balance the side effects of the two substances.

Culinary Aspects of Chemistry

Cooking is essentially synthetic chemistry that happens to be safe to eat. There are a number of examples of acid-base chemistry in
the culinary world. One example is the use of baking soda, or sodium bicarbonate in baking. NaHCOj is a base. When it reacts with
an acid such as lemon juice, buttermilk, or sour cream in a batter, bubbles of carbon dioxide gas are formed from decomposition of
the resulting carbonic acid, and the batter “rises.” Baking powder is a combination of sodium bicarbonate, and one or more acid
salts that react when the two chemicals come in contact with water in the batter.

Many people like to put lemon juice or vinegar, both of which are acids, on cooked fish (Figure 3.8.1). It turns out that fish have
volatile amines (bases) in their systems, which are neutralized by the acids to yield involatile ammonium salts. This reduces the
odor of the fish, and also adds a “sour” taste that we seem to enjoy.
| <div data-mt-source="1"

Figure 3.8.1: A neutralization reaction takes place between citric acid in lemons or acetic acid in vinegar, and the bases in the flesh

of fish.
Pickling is a method used to preserve vegetables using a naturally produced acidic environment. The vegetable, such as a
cucumber, is placed in a sealed jar submerged in a brine solution. The brine solution favors the growth of beneficial bacteria and
suppresses the growth of harmful bacteria. The beneficial bacteria feed on starches in the cucumber and produce lactic acid as a
waste product in a process called fermentation. The lactic acid eventually increases the acidity of the brine to a level that kills any
harmful bacteria, which require a basic environment. Without the harmful bacteria consuming the cucumbers they are able to last
much longer than if they were unprotected. A byproduct of the pickling process changes the flavor of the vegetables with the acid
making them taste sour.

Salts of Weak Bases and Strong Acids

When we neutralize a weak base with a strong acid, the product is a salt containing the conjugate acid of the weak base. This
conjugate acid is a weak acid. For example, ammonium chloride, NH4Cl, is a salt formed by the reaction of the weak base
ammonia with the strong acid HCI:

NH;3(ag) + HCl(ag) — NH4Cl(ag)

A solution of this salt contains ammonium ions and chloride ions. The chloride ion has no effect on the acidity of the solution since
HCl is a strong acid. Chloride is a very weak base and will not accept a proton to a measurable extent. However, the ammonium
ion, the conjugate acid of ammonia, reacts with water and increases the hydronium ion concentration:

NH4" (ag) + HoO(!) = H;0" (ag) + NHs(aq)
The equilibrium equation for this reaction is simply the ionization constant. Kj, for the acid NH,*:

[H30+][NH3]

NEa] o

We will not find a value of K, for the ammonium ion in Table E1. However, it is not difficult to determine K, for NH,* from the
value of the ionization constant of water, K, and Ky, the ionization constant of its conjugate base, NHs, using the following
relationship:

Ky =K, x Ky

This relation holds for any base and its conjugate acid or for any acid and its conjugate base.
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v Example 3.8.1: pH of a Solution of a Salt of a Weak Base and a Strong Acid

Aniline is an amine that is used to manufacture dyes. It is isolated as aniline hydrochloride, [C¢H;NH3*]Cl, a salt prepared by
the reaction of the weak base aniline and hydrochloric acid. What is the pH of a 0.233 M solution of aniline hydrochloride?

CGH5NH3+(aq) + HgO(l) = H30+ (aq) + CGH5NH2(aq)

Solution

The new step in this example is to determine K, for the C¢H;NH;+ ion. The C¢HzNH;+ ion is the conjugate acid of a weak
base. The value of K, for this acid is not listed in Table E1, but we can determine it from the value of K;, for aniline, CgH;NH,,
which is given as 4.6 x 10710 ;

K, (for CeHNHZ) x Ky (for CgHsNH,) = Ky, = 1.0 x 107

Ky _lox107

_ —5
Ky (for CeHsNH;) — 46x 100 > * 10

Ka (fOl‘ CGH5NH;) =

Now we have the ionization constant and the initial concentration of the weak acid, the information necessary to determine the
equilibrium concentration of H30", and the pH:

Determine the Determine x and Solve for x and Check the math.
direction of the equilibrium the equilibrium
change. concentrations. 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.”

With these steps we find [H30"] = 2.3 x 1073 M and pH = 2.64

? Exercise 3.8.1

a. Do the calculations and show that the hydronium ion concentration for a 0.233-M solution of C¢HsNH;* is 2.3 x 107> and
the pH is 2.64.

b. What is the hydronium ion concentration in a 0.100-M solution of ammonium nitrate, NH4;NO3, a salt composed of the ions
NH,* and NO3~. Use the data in Table E1 to determine Kj, for the ammonium ion. Which is the stronger acid CgHsNH3+ or
NH,*?

Answer a
K,(for NH;*) = 5.6 x 1072, [H307] = 7.5 x 10-6 M
Answer b

CeHsNH;3* is the stronger acid (a) (b) .

Salts of Weak Acids and Strong Bases

When we neutralize a weak acid with a strong base, we get a salt that contains the conjugate base of the weak acid. This conjugate
base is usually a weak base. For example, sodium acetate, NaCH3CO, is a salt formed by the reaction of the weak acid acetic acid
with the strong base sodium hydroxide:

CH3CO3H(aq) + NaOH(ag) — NaCH3CO2(ag) + H30(aq)

A solution of this salt contains sodium ions and acetate ions. The sodium ion has no effect on the acidity of the solution. However,
the acetate ion, the conjugate base of acetic acid, reacts with water and increases the concentration of hydroxide ion:

CH;CO;(ag) + H,0(l) = CH;CO,H(ag) + OH™(ag)
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The equilibrium equation for this reaction is the ionization constant, Ky, for the base CH3CO4~. The value of K}, can be calculated
from the value of the ionization constant of water, K, and Kj, the ionization constant of the conjugate acid of the anion using the
equation:

w = .Ka X Kb
For the acetate ion and its conjugate acid we have:

—14
- Kw Z LOXI0T 610710
K, (for CH3CO;H) ~ 1.8 x 10~5

Ky (for CH3CO2 ™)

Some handbooks do not report values of Kj. They only report ionization constants for acids. If we want to determine a Kj, value
using one of these handbooks, we must look up the value of K, for the conjugate acid and convert it to a Ky value.

v/ Example 3.8.2: Equilibrium of a Salt of a Weak Acid and a Strong Base

Determine the acetic acid concentration in a solution with [CHgCO,~ ] = 0.050 M and [OH] = 2.5 % 1078 M at equilibrium.
The reaction is:

CH3CO; ™ (ag) + H2O(l) = CH3CO2H(aq) + OH™ (ag)

Solution
We are given two of three equilibrium concentrations and asked to find the missing concentration. If we can find the
equilibrium constant for the reaction, the process is straightforward.

The acetate ion behaves as a base in this reaction; hydroxide ions are a product. We determine Kj, as follows:

K, 1.0 x 10714

= = = 5.6 x 10710
K (for CH;00:H) ~ 18x10° 0 <10

Ky (for CH3002_)

Now find the missing concentration:

_ [cH3CO2H][0H-]

— =5 1 —10
b= " omscor  _ ex 10

_ [CH3CO,H](2.5 x 107%)

=5.6x107"
(0.050) 5610

Solving this equation we get [CH3CO,H] = 1.1 x 107> M.

? Exercise 3.8.2

What is the pH of a 0.083-M solution of CN™? Use 4.9 x 10710 as K, for HCN. Hint: We will probably need to convert pOH to
pH or find [H;0"] using [OH™] in the final stages of this problem.

Answer

11.16

Equilibrium in a Solution of a Salt of a Weak Acid and a Weak Base

In a solution of a salt formed by the reaction of a weak acid and a weak base, to predict the pH, we must know both the K, of the
weak acid and the Ky, of the weak base. If K, > Ky, the solution is acidic, and if K}, > Kj, the solution is basic.

v Example 3.8.3: Determining the Acidic or Basic Nature of Salts

Determine whether aqueous solutions of the following salts are acidic, basic, or neutral:

a. KBr
b. NaHCO;3
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c. NH4Cl
d. NazHPO4
e. NH4F

Solution

Consider each of the ions separately in terms of its effect on the pH of the solution, as shown here:

a. The K cation and the Br™ anion are both spectators, since they are the cation of a strong base (KOH) and the anion of a
strong acid (HBr), respectively. The solution is neutral.

b. The Na* cation is a spectator, and will not affect the pH of the solution; the HCO3~ anion is amphiprotic.The K, of HCO3~

1.0 x 107

4.7 x 1074
c. The NH,* ion is acidic and the Cl™ ion is a spectator. The solution will be acidic.

d. The Na" ion is a spectator and will not affect the pH of the solution, while the HPO,2~ ion is amphiprotic. The K, of
1.0 x 107

42x1078
e. The NH,™ ion is listed as being acidic, and the F~ ion is listed as a base, so we must directly compare the K, and the Kj, of

the two ions. K, of NH, is 5.6 x 107, which seems very small, yet the K}, of F~ is 1.4 x 10~ so the solution is acidic,
since K, > Ky,

? Exercise 3.8.3

Determine whether aqueous solutions of the following salts are acidic, basic, or neutral:

a. K,CO3

b. CaCl,

C. KH2PO4

d. (NHy4)>CO3
e. AlBr;

is 4.7 x 1071, so the K, of its conjugate base is = 2.1 x 10~ Since K}, >> K, the solution is basic.

HPO,42 is 4.2 x 10713 and its Kj, is = 2.4 x 1072, Because K}, >> K,, the solution is basic.

Answer a
basic
Answer b
neutral
Answer c
acidic
Answer d
basic
Answer e

acidic

The lonization of Hydrated Metal lons

If we measure the pH of the solutions of a variety of metal ions we will find that these ions act as weak acids when in solution. The
aluminum ion is an example. When aluminum nitrate dissolves in water, the aluminum ion reacts with water to give a hydrated
aluminum ion, Al(H,0)¢%*, dissolved in bulk water. What this means is that the aluminum ion has the strongest interactions with
the six closest water molecules (the so-called first solvation shell), even though it does interact with the other water molecules
surrounding this A1(H,0)¢**+ cluster as well:

A1(NO3)3(s) + 6 H;0(l) — Al(H30)6%* (ag) + 3NO3(aq)
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We frequently see the formula of this ion simply as “Al1**(aq)”, without explicitly noting the six water molecules that are the closest
ones to the aluminum ion and just describing the ion as being solvated in water (hydrated). This is similar to the simplification of
the formula of the hydronium ion, H30" to H". However, in this case, the hydrated aluminum ion is a weak acid (Figure 3.8.2) and
donates a proton to a water molecule. Thus, the hydration becomes important and we may use formulas that show the extent of
hydration:

Al(H,0)6* (ag) + H,0(I) = H30 (ag) + Al(H;0)5(0H)* (ag) K, =1.4x107°
As with other polyprotic acids, the hydrated aluminum ion ionizes in stages, as shown by:
Al(Hz0)6%" (ag) +H;0(1) = H30* (ag) + Al(H20)5(OH)** (aq)
Al(H;0)5(0H)** (ag) + Hy0(1) = H30" (ag) + Al(H;0)4(OH); " (ag)
Al(H20)4(0H)2 " (ag) + Ho0(l) = H30™ (ag) + Al(H,0)3(0H)3(ag)

Note that some of these aluminum species are exhibiting amphiprotic behavior, since they are acting as acids when they appear on
the left side of the equilibrium expressions and as bases when they appear on the right side.

3+ 2+

F

[AI(H,0)** H,0 [Al(H,0)-0H]?* H,0*

Figure 3.8.2: When an aluminum ion reacts with water, the hydrated aluminum ion becomes a weak acid.

A reaction is shown using ball and stick models. On the left, inside brackets with a superscript of 3 plus outside to the right is
structure labeled “[ A1 ( H subscript 2 O ) subscript 6 ] superscript 3 plus.” Inside the brackets is s central grey atom to which 6 red
atoms are bonded in an arrangement that distributes them evenly about the central grey atom. Each red atom has two smaller white
atoms attached in a forked or bent arrangement. Outside the brackets to the right is a space-filling model that includes a red central
sphere with two smaller white spheres attached in a bent arrangement. Beneath this structure is the label “H subscript 2 O.” A
double sided arrow follows. Another set of brackets follows to the right of the arrows which have a superscript of two plus outside
to the right. The structure inside the brackets is similar to that on the left, except a white atom is removed from the structure. The
label below is also changed to “[ A 1 ( H subscript 2 O ) subscript 5 O H ] superscript 2 plus.” To the right of this structure and
outside the brackets is a space filling model with a central red sphere to which 3 smaller white spheres are attached. This structure
is labeled “H subscript 3 O superscript plus.”

However, the ionization of a cation carrying more than one charge is usually not extensive beyond the first stage. Additional
examples of the first stage in the ionization of hydrated metal ions are:

Fe(H30)6%" (ag) + H20(l) = H30™(ag) + Fe(H20)5(0H)* (ag) K, = 2.74
Cu(H;0)6%* (ag) + HoO(l) = H30% (ag) + Cu(H20)5(0H)*(aq) K, = 6.3

Zn(H30),2 (ag) + HyO(l) = H30% (ag) + Zn(Hy0)3(0OH)*(ag) K, =9.6

v Example 3.8.4: Hydrolysis of [Al(H,0)g]%*

Calculate the pH of a 0.10-M solution of aluminum chloride, which dissolves completely to give the hydrated aluminum ion
[Al(H20)6]3+ in solution.

Solution
In spite of the unusual appearance of the acid, this is a typical acid ionization problem.
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Determine the Determine x and Solve for x and Check the math.
direction of the equilibrium the equilibrium
change. concentrations. cancentrations.

A reaction is shown using ball and stick models. On the left, inside brackets with a superscript of 3 plus outside to the right is
structure labeled “[ A1 ( H subscript 2 O ) subscript 6 ] superscript 3 plus.” Inside the brackets is s central grey atom to which 6
red atoms are bonded in an arrangement that distributes them evenly about the central grey atom. Each red atom has two
smaller white atoms attached in a forked or bent arrangement. Outside the brackets to the right is a space-filling model that
includes a red central sphere with two smaller white spheres attached in a bent arrangement. Beneath this structure is the label
“H subscript 2 O.” A double sided arrow follows. Another set of brackets follows to the right of the arrows which have a
superscript of two plus outside to the right. The structure inside the brackets is similar to that on the left, except a white atom is
removed from the structure. The label below is also changed to “[ A1 ( H subscript 2 O ) subscript 5 O H ] superscript 2 plus.”
To the right of this structure and outside the brackets is a space filling model with a central red sphere to which 3 smaller white
spheres are attached. This structure is labeled “H subscript 3 O superscript plus.”

1. Determine the direction of change. The equation for the reaction and K, are:
A1(H20)53+(aq) + HgO(l) = H30+(aq) +A1(H20)5(OH)2+(aq) K,=14 X% 10-°

The reaction shifts to the right to reach equilibrium.
2. Determine x and equilibrium concentrations. Use the table

Al(H,0)s°" + H,0 —— H30" + Al(H,0)s(QH)*"

Initial concentration (M) 0.10 ~0 0
Change (M) —X X X
Equilibrium constant (M) 0.10-x X X

This table has two main columns and four rows. The first row for the first column does not have a heading and then has the
following in the first column: Initial concentration ( M ), Change ( M ), Equilibrium concentration ( M ). The second column
has the header of “A 1 ( H subscript 2 O ) subscript 6 superscript 3 positive sign plus H subscript 2 O equilibrium arrow H
subscript 3 O superscript positive sign plus A 1 ( H subscript 2 O ) subscript 5 ( O H ) superscript 2 positive sign.” Under the
second column is a subgroup of four columns and three rows. The first column has the following: 0.10 (which appears in red),
negative x, 0.10 minus x. The second column is blank. The third column has the following: approximately 0, X, x. The fourth
column has the following: 0, x, x.

Solve for x and the equilibrium concentrations. Substituting the expressions for the equilibrium concentrations into the

equation for the ionization constant yields:

7 [H30+][Al(H20)5(0H)?+]
1. T [Al(H20)63-+]

- —Off())(f)z —14x107
Solving this equation gives:
z=12x10"°M
From this we find:
[H30t]=0+2=12x103M
pH = —log[H30™] = 2.92(an acidic solution)

Check the work. The arithmetic checks; when 1.2 x 1073 M is substituted for x, the result = K,.
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? Exercise 3.8.4

What is [Al(H;0)5(OH)?*t] in a 0.15-M solution of Al(NO3)3 that contains enough of the strong acid HNOj3 to bring [H307] to
0.10 M?

Answer

21%x10°M

The constants for the different stages of ionization are not known for many metal ions, so we cannot calculate the extent of their
ionization. However, practically all hydrated metal ions other than those of the alkali metals ionize to give acidic solutions.
Tonization increases as the charge of the metal ion increases or as the size of the metal ion decreases.

Summary

The characteristic properties of aqueous solutions of Brgnsted-Lowry acids are due to the presence of hydronium ions; those of
aqueous solutions of Brgnsted-Lowry bases are due to the presence of hydroxide ions. The neutralization that occurs when aqueous
solutions of acids and bases are combined results from the reaction of the hydronium and hydroxide ions to form water. Some salts
formed in neutralization reactions may make the product solutions slightly acidic or slightly basic. Solutions that contain salts or
hydrated metal ions have a pH that is determined by the extent of the hydrolysis of the ions in the solution. The pH of the solutions
may be calculated using familiar equilibrium techniques, or it may be qualitatively determined to be acidic, basic, or neutral
depending on the relative K, and Kj, of the ions involved.

This page titled 3.8: Acid-Base Chemistry in day today life (heartburn and Kitchen Chemistry)) is shared under a CC BY license and was
authored, remixed, and/or curated by OpenStax.

o 14.4: Hydrolysis of Salt Solutions by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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3.E: Acid-Base (Practice Questions)

14.1: Brgnsted-Lowry Acids and Bases
Q14.1.1

Write equations that show NHj as both a conjugate acid and a conjugate base.

S14.1.1
One example for NHj; as a conjugate acid: NH,~ + Ht — NHj3; as a conjugate base: NH,*(aq) + OH~ (aq) — NH3(aq) + H0(1)

Q14.1.2

Write equations that show HPO4~ acting both as an acid and as a base.

Q14.1.3

Show by suitable net ionic equations that each of the following species can act as a Brgnsted-Lowry acid:

a. H3O+

b. HC1

c. NH;

d. CH3CO,H
e. NH,*

f. HSO4~

S14.1.3
a. H30%*(ag) — H*(ag) + H2Oy ;
b. HCI(l) — H*(agq) + Cl~(ag);
C. NH3(ag) — H'(aq) + NH2(ag);
d. CH3CO2H(aq) — H*(ag) + CH3;CO, (ag);
e. NH,*(ag) — H*(agq) + NH3(ag);
f. HSO4 (ag) — H*(aq) + SO4% (aq)

Q14.1.4

Show by suitable net ionic equations that each of the following species can act as a Brgnsted-Lowry acid:

a. HNO3

b. PH,*

c. H,S

d. CH;CH,COOH
e. H,POy4~

f. HS™

Q14.15

Show by suitable net ionic equations that each of the following species can act as a Brgnsted-Lowry base:

d. Hzo

b. OH~

C. NH3

d. CN~™

e. S*

f. HoPOy~
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S14.1.5
a. HoO(y + H*(ag) — H30%(ag)
b. OH™(aq) + H*(ag) — H2O(y
. NHj(aq) + H(aq) — NH;*(ag);
d. CN~(ag) + H*(ag) — HCN(aq)
e. 3%~ (aq) + H*(ag) — HS (aq)
f. HoPO4~ (aq) + H* (ag) — H3PO4(aq)

Q14.1.6

Show by suitable net ionic equations that each of the following species can act as a Brgnsted-Lowry base:

a. HS™

b. PO43_

Cc. NHy~

d. C,H;0H
e. 0>

f. HoPOy~

Q14.1.7

What is the conjugate acid of each of the following? What is the conjugate base of each?

a. OH~
b. H,O

c. HCO3~
d. NH;

e. HSO4~
f. H,0,
g. HS™

h. HsN,*

S14.1.7
H,0, 0%7; H;0", OH ; H,CO3, CO32—; NH,+, NH,—; HySO,, SO42—; H30,+, HO,—; H,S; S%7; HeN,2+, HyN,

Q14.1.8

What is the conjugate acid of each of the following? What is the conjugate base of each?

a. HoS

b. HoPO4~
C. PH3

d. HS®

e. HSO3—
f. H305t
g- HyNp
h. CH,0H

Q14.1.9

Identify and label the Brgnsted-Lowry acid, its conjugate base, the Brgnsted-Lowry base, and its conjugate acid in each of the
following equations:

a. HNO3 + HyO — H30" + NO3~
b. CN— + H,0 — HCN + OH~

C. Hy804 + Cl— — HC1 + HSO4~
d. HSO4~ + OH~ — S04 + H,0
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e. 0>~ + H,0 — 20H-
f. [CU(H20)3(OH)]+ + [AI(H20)6]3+ — [Cu(H20)4]2+ + [AI(H20)5(OH)]2+
g. H,S + NH,~ — HS™ + NHj3

S14.1.9

The labels are Brgnsted-Lowry acid = BA; its conjugate base = CB; Bregnsted-Lowry base = BB; its conjugate acid = CA.
HNO3(BA), H,O(BB), H30(CA), NO3~ (CB); CN™(BB), H,O(BA), HCN(CA), OH- (CB); HySO4(BA), CI (BB), HCI(CA),
HSO4~ (CB); HSO,~ (BA), OH(BB), SO,% (CB), H,O(CA); 0> (BB), H20(BA) OH~ (CB and CA); [Cu(H,0)3(OH)]*(BB),
[AI(H,0)6]**(BA), [Cu(H,0)4**(CA), [Al(H,0)s(OH)]**(CB); H2S(BA), NH,~ (BB), HS"(CB), NH3(CA)

Q14.1.10
Identify and label the Brgnsted-Lowry acid, its conjugate base, the Brgnsted-Lowry base, and its conjugate acid in each of the
following equations:

a. NOs;~ + H,O — HNO,; + OH™

b. HBr + H;0 — H30" + Br™

c. HS™ + H,0 — H,S + OH™

d. H,PO,~ + OH~ — HPO,4% + H,0

e. H,PO4~ + HCl — H3PO4 + Cl™

f. [Fe(H20)5(0H)|** + [A1(H20)6]3" — [Fe(H20)6)* + [AL(H20)5(OH))?*

g. CHOH+H~ — CH30™ + H»

Q14.1.11

What are amphiprotic species? Illustrate with suitable equations.

S14.1.11

Amphiprotic species may either gain or lose a proton in a chemical reaction, thus acting as a base or an acid. An example is H,O.

e Asan acid: HyO(ag) + NH3(ag) == NH4*(ag) + OH (ag).
e As abase: HyO(aq) + HCl(ag) = H30%(ag) + Cl~(aq)

Q14.1.12
State which of the following species are amphiprotic and write chemical equations illustrating the amphiprotic character of these
species:

a. H,O

b. HoPO,~
c.§%°

d. CO32-
e. HSO4~

Q14.1.13
State which of the following species are amphiprotic and write chemical equations illustrating the amphiprotic character of these

species.

d. NH3

b. HPO,~
c. Br

d. NH,*
e. ASO,.3~

S14.113
amphiprotic: NH; + H30* — NH,OH + H,0, NH3 + OCH;— — NH,~ + CH30H; HPO,% + OH~ — PO,% + H,0,
HPO,?~ + HCIO4, — HyPO,~ + Cl04~; not amphiprotic: Br ; NH,*; AsO43~
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Q14.1.14

Is the self ionization of water endothermic or exothermic? The ionization constant for water (Ky) is 2.9 x 1074 at 40 °C and 9.6
x 1071 at 60 °C.

14.2: pH and pOH

Q14.2.1

Explain why a sample of pure water at 40 °C is neutral even though [H;0"] = 1.7 x 1077 M. K, is 2.9 x 10™1* at 40 °C.
S14.2.1

In a neutral solution [H;0*] = [OH]. At 40 °C,

[H30"]=[OH]= (291072 =17 x 1077,

Q14.2.2

The ionization constant for water (Ky) is 2.9 x 1071* at 40 °C. Calculate [H30"], [OH ], pH, and pOH for pure water at 40 °C.

Q14.2.3
The ionization constant for water (K,,) is 9.614 x 10714 at 60 °C. Calculate [H;0*], [OH"], pH, and pOH for pure water at 60 °C.

S14.2.3

x=3.101 x 107/ M = [H30"] = [OH ]

pH = -log 3.101 x 1077 = —(-6.5085) = 6.5085

pOH = pH = 6.5085

Q14.2.4

Calculate the pH and the pOH of each of the following solutions at 25 °C for which the substances ionize completely:

a.0.200 M HCI

b. 0.0143 M NaOH

c. 3.0 M HNO;

d. 0.0031 M Ca(OH),
Q14.2.5

Calculate the pH and the pOH of each of the following solutions at 25 °C for which the substances ionize completely:

a. 0.000259 M HCIO4
b. 0.21 M NaOH
c. 0.000071 M Ba(OH),
d. 2.5 M KOH
S14.2.5
pH = 3.587; pOH = 10.413; pH = 0.68; pOH = 13.32; pOH = 3.85; pH = 10.15; pH = -0.40; pOH = 14.4
Q14.2.6
What are the pH and pOH of a solution of 2.0 M HCI, which ionizes completely?

Q14.2.6

What are the hydronium and hydroxide ion concentrations in a solution whose pH is 6.52?

S14.2.6
[H30"1=3.0x107 M;[OH ]=33x 108 M
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Q14.2.7

Calculate the hydrogen ion concentration and the hydroxide ion concentration in wine from its pH. See below Figure for useful

information.
[H,O"_l (M) | [OHT] (M) pH pOH Sample Solution
10! 17 -1 15 B
wiory | 107 o 14 He—— 1MHCI acidic
10! 101 1 13 g i
| o — gastric juice
102 1012 2 12 L lime: juice
fe— 1 M CHyCO-H {vinegar)
1028 ol 3 1 == stomach acid
f—— wine
10 107 4 10 T arangs juice
107" 10" 5 ] —— coffae
o 18 6 8 I rain water
107 107 7 o T pure water neutral
a " ™ bload
10 10 B 6 T acean water
a 5 ™ haking soda
10 10 ] 5 -
107 107 10 4 g
[ Milk of Magnesia
il 107 1 3 i
1071 107% 12 o _te—— hausehald ammonia, MH,
|« hleach
1w 107! 13 1 B e
107 10%0r1 14 il [ YT basic
1078 10! 15 -1 g
Q14.2.8
Calculate the hydronium ion concentration and the hydroxide ion concentration in lime juice from its pH. See Figure for useful
information.
S14.2.9

[H30'1=1x 102 M; [OH ]=1x 102 M

Q14.2.9

The hydronium ion concentration in a sample of rainwater is found to be 1.7 x 107® M at 25 °C. What is the concentration of
hydroxide ions in the rainwater?

Q14.2.10

The hydroxide ion concentration in household ammonia is 3.2 x 1073 M at 25 °C. What is the concentration of hydronium ions in
the solution?

S14.2.10
[OH]=3.1x10"12 M

14.3: Relative Strengths of Acids and Bases
Q14.3.1

Explain why the neutralization reaction of a strong acid and a weak base gives a weakly acidic solution.
Q14.3.2
Explain why the neutralization reaction of a weak acid and a strong base gives a weakly basic solution.

The salt ionizes in solution, but the anion slightly reacts with water to form the weak acid. This reaction also forms OH~, which

causes the solution to be basic.
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Q14.3.3

Use this list of important industrial compounds (and Figure) to answer the following questions regarding: CaO, Ca(OH)y,
CH3COH, CO,, HCl, H,CO3, HF, HNO,, HNO3, H3PO4, HySO4, NH3, NaOH, NayCO3.

a. Identify the strong Brensted-Lowry acids and strong Brgnsted-Lowry bases.
b. List those compounds in that can behave as Bransted-Lowry acids with strengths lying between those of H3O* and H,0.
c. List those compounds in that can behave as Brgnsted-Lowry bases with strengths lying between those of H,O and OH".

Q14.3.4

The odor of vinegar is due to the presence of acetic acid, CH3;CO,H, a weak acid. List, in order of descending concentration, all of
the ionic and molecular species present in a 1-M aqueous solution of this acid.

S14.3.4
[H,0] > [CH;CO,H] > [H30*] ~ [CH3CO,~ | > [OH"]

Q14.3.5

Household ammonia is a solution of the weak base NH3 in water. List, in order of descending concentration, all of the ionic and
molecular species present in a 1-M aqueous solution of this base.

Q14.3.4

Explain why the ionization constant, K,, for HySQOy is larger than the ionization constant for HySOs.

S14.3.4

The oxidation state of the sulfur in H,SO, is greater than the oxidation state of the sulfur in H,SOs.

Q14.3.7

Explain why the ionization constant, Kj, for HI is larger than the ionization constant for HF.

Q14.3.8

Gastric juice, the digestive fluid produced in the stomach, contains hydrochloric acid, HCI. Milk of Magnesia, a suspension of solid
Mg(OH); in an aqueous medium, is sometimes used to neutralize excess stomach acid. Write a complete balanced equation for the
neutralization reaction, and identify the conjugate acid-base pairs.

S14.3.8

Mg(OH)q(s) + HCl(ag) — Mg?* (aq) + 2 Cl~(aq) + 2 H,0(I)
BB BA CB CA

Q14.3.9

Nitric acid reacts with insoluble copper(II) oxide to form soluble copper(Il) nitrate, Cu(NO3),, a compound that has been used to
prevent the growth of algae in swimming pools. Write the balanced chemical equation for the reaction of an aqueous solution of
HNOj3 with CuO.

Q14.3.10

What is the ionization constant at 25 °C for the weak acid CH;NH3™, the conjugate acid of the weak base CH;NH,, K}, = 4.4 x
1074

S14.3.10

K,=23x1071!

Q14.3.11

What is the ionization constant at 25 °C for the weak acid (CH3)sNH, ™, the conjugate acid of the weak base (CH3),NH, Kp, = 7.4 X
10742

https://chem.libretexts.org/@go/page/292079


https://libretexts.org/
https://creativecommons.org/licenses/by/4.0/
https://chem.libretexts.org/@go/page/292079?pdf
http://cnx.org/contents/85abf193-2bd2-4908-8563-90b8a7ac8df6@9.110:86/Relative-Strengths-of-Acids-an#CNX_Chem_14_03_Corresp

LibreTexts"

Q14.3.12
Which base, CH3NH; or (CH3),NH, is the strongest base? Which conjugate acid, (CH3):NH,* or (CH3),NH, is the strongest acid?

S14.3.12

The strongest base or strongest acid is the one with the larger K, or K, respectively. In these two examples, they are (CH3),NH and
CH;NH;*.

Q14.3.3

Which is the stronger acid, NH,+ or HBrO?

Q14.3.14
Which is the stronger base, (CH3)3N or H,BO3~?

S14.3.14

triethylamine.

Q14.3.15

Predict which acid in each of the following pairs is the stronger and explain your reasoning for each.

a. H,O or HF

b. B(OH)3 or Al(OH);3
Cc. HSO3~ or HSO4~

d. NH; or H,S

e. H,O or HyTe

Q14.3.16
Predict which compound in each of the following pairs of compounds is more acidic and explain your reasoning for each.

a. HSO4™ or HSeO4~
b. NH3 or Hzo

c. PH3 or HI

d. NH3 or PH3

e. H,S or HBr

S14.3.16
a. HSO,~; higher electronegativity of the central ion. H,0;
b. NH3 is a base and water is neutral, or decide on the basis of K, values. HI;
c. PH3 is weaker than HCI; HCI is weaker than HI. Thus, PH3 is weaker than HI.
d. PHgz; in binary compounds of hydrogen with nonmetals, the acidity increases for the element lower in a group.
e. HBr; in a period, the acidity increases from left to right; in a group, it increases from top to bottom. Br is to the left and below
S, so HBr is the stronger acid.

Q14.3.17

Rank the compounds in each of the following groups in order of increasing acidity or basicity, as indicated, and explain the order
you assign.

a. acidity: HCI, HBr, HI

b. basicity: H O, OH™, H, CI~

c. basicity: Mg(OH),, Si(OH)4, ClO3(OH) (Hint: Formula could also be written as HCIOy).
d. acidity: HF, H,O, NH3, CH4
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Q14.3.18

Rank the compounds in each of the following groups in order of increasing acidity or basicity, as indicated, and explain the order
you assign.

a. acidity: NaHSO3, NaHSeO5, NaHSO,

b. basicity: BrO,~, ClOs~, 105~

c. acidity: HOCI, HOBr, HOI

d. acidity: HOCI, HOCIO, HOCIO;, HOCIO3
e. basicity: NH,~, HS™, HTe ™, PHy™

f. basicity: BrO™, BrO2~, BrO3~, BrO4~

S14.3.18

a. NaHSeO5; < NaHSO5; < NaHSO,; in polyoxy acids, the more electronegative central element—S, in this case—forms the
stronger acid. The larger number of oxygen atoms on the central atom (giving it a higher oxidation state) also creates a greater
release of hydrogen atoms, resulting in a stronger acid. As a salt, the acidity increases in the same manner.

b. Cl0;~ < BrO,~ < I0,~; the basicity of the anions in a series of acids will be the opposite of the acidity in their oxyacids. The
acidity increases as the electronegativity of the central atom increases. Cl is more electronegative than Br, and I is the least
electronegative of the three.

c. HOI < HOBr < HOCI; in a series of the same form of oxyacids, the acidity increases as the electronegativity of the central atom
increases. Cl is more electronegative than Br, and I is the least electronegative of the three.

d. HOCI < HOCIO < HOCIO, < HOCIOs3; in a series of oxyacids of the same central element, the acidity increases as the number
of oxygen atoms increases (or as the oxidation state of the central atom increases).

e. HTe~ < HS~ « PH,~ < NH,~; PH,~ and NH,~ are anions of weak bases, so they act as strong bases toward H*. HTe~ and HS™
are anions of weak acids, so they have less basic character. In a periodic group, the more electronegative element has the more
basic anion.

f. BrO4~ < BrO3~ < BrO,;~ < BrO~; with a larger number of oxygen atoms (that is, as the oxidation state of the central ion
increases), the corresponding acid becomes more acidic and the anion consequently less basic.

Q14.3.19

Both HF and HCN ionize in water to a limited extent. Which of the conjugate bases, F~ or CN™, is the stronger base? See Table.

Q14.3.20

The active ingredient formed by aspirin in the body is salicylic acid, C¢H4OH(CO,H). The carboxyl group (—CO,H) acts as a weak
acid. The phenol group (an OH group bonded to an aromatic ring) also acts as an acid but a much weaker acid. List, in order of
descending concentration, all of the ionic and molecular species present in a 0.001-M aqueous solution of CgH4OH(CO,H).

[HzO] > [CsH4OH(COzH)] > [H+]0 > [CGH4OH(C02)_ ] > [CGH40(002H)_ ] > [OH_ ]
What do we represent when we write:
CH3COQH(G(]) + HzO(l) = H30+(aq) + CH3COZ_(a.q)? (3.E.1)

Q14.3.21

Explain why equilibrium calculations are not necessary to determine ionic concentrations in solutions of certain strong electrolytes
such as NaOH and HCl. Under what conditions are equilibrium calculations necessary as part of the determination of the
concentrations of all ions of some other strong electrolytes in solution?

S14.3.21

Strong electrolytes are 100% ionized, and, as long as the component ions are neither weak acids nor weak bases, the ionic species
present result from the dissociation of the strong electrolyte. Equilibrium calculations are necessary when one (or more) of the ions

is a weak acid or a weak base.
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Q14.3.22

Are the concentrations of hydronium ion and hydroxide ion in a solution of an acid or a base in water directly proportional or
inversely proportional? Explain your answer.

Q14.3.23

What two common assumptions can simplify calculation of equilibrium concentrations in a solution of a weak acid?

S14.3.23

1. Assume that the change in initial concentration of the acid as the equilibrium is established can be neglected, so this
concentration can be assumed constant and equal to the initial value of the total acid concentration.
2. Assume we can neglect the contribution of water to the equilibrium concentration of H30".

Q14.3.24

What two common assumptions can simplify calculation of equilibrium concentrations in a solution of a weak base?

Q14.3.25
Which of the following will increase the percent of NHj; that is converted to the ammonium ion in water (Hint: Use LeChatelier’s
principle.)?

a. addition of NaOH
b. addition of HCI
c. addition of NH,Cl

S14.3.25
The addition of HCI

Q14.3.26

Which of the following will increase the percent of HF that is converted to the fluoride ion in water?

a. addition of NaOH
b. addition of HCI
c. addition of NaF

Q14.3.27
What is the effect on the concentrations of NO,~, HNO,, and OH™ when the following are added to a solution of KNO, in water:

a. HCI
b. HNO,
c. NaOH
d. NaCl
e. KNO

The equation for the equilibrium is:
NO2 (ag) + H0(l) &= HNOz(aq) + OH™ (aq) (3.E.2)

S14.3.27
a. Adding HCl will add H;0" ions, which will then react with the OH™ ions, lowering their concentration. The equilibrium will
shift to the right, increasing the concentration of HNO,, and decreasing the concentration of NO,~ ions.
b. Adding HNO, increases the concentration of HNO, and shifts the equilibrium to the left, increasing the concentration of NO,~
ions and decreasing the concentration of OH™ ions.
c. Adding NaOH adds OH™ ions, which shifts the equilibrium to the left, increasing the concentration of NO,~ ions and decreasing
the concentrations of HNO,.

d. Adding NaCl has no effect on the concentrations of the ions.
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e. Adding KNO; adds NO,~ ions and shifts the equilibrium to the right, increasing the HNO, and OH™ ion concentrations.

Q14.3.28

What is the effect on the concentration of hydrofluoric acid, hydronium ion, and fluoride ion when the following are added to
separate solutions of hydrofluoric acid?

a. HCl1
b. KF
c. NaCl
d. KOH
e. HF

The equation for the equilibrium is:
HF(aq) + H20(l) = H30% (aq) + F(aq) (3.E.3)

Q14.3.29

Why is the hydronium ion concentration in a solution that is 0.10 M in HCI and 0.10 M in HCOOH determined by the
concentration of HCI?

S14.3.29

This is a case in which the solution contains a mixture of acids of different ionization strengths. In solution, the HCO,H exists
primarily as HCO,H molecules because the ionization of the weak acid is suppressed by the strong acid. Therefore, the HCO,H
contributes a negligible amount of hydronium ions to the solution. The stronger acid, HCI, is the dominant producer of hydronium
ions because it is completely ionized. In such a solution, the stronger acid determines the concentration of hydronium ions, and the
ionization of the weaker acid is fixed by the [H30"] produced by the stronger acid.

Q14.3.30

From the equilibrium concentrations given, calculate K, for each of the weak acids and Kj, for each of the weak bases.
CH;CO,H: [H301] = 1.34 x 1073 M;

[CH3CO,~ | = 1.34 x 1073 M;

[CH5CO,H] = 9.866 x 1072 M;

CIO™:[OH]=4.0 x 107* M;

[HCIO] = 2.38 x 107> M;

[CIOT]=0.273 M,

HCO,H: [HCO,H] = 0.524 M;

[H30%] = 9.8 x 1073 M; [HCO,~ | =9.8 x 1073 M;

CgH;NH;* : [CgHsNH;3+] = 0.233 M;

[CeHsNH] = 2.3 x 1073 M;

[Hs0*]=2.3x 1032 M

From the equilibrium concentrations given, calculate Kj for each of the weak acids and Kj, for each of the weak bases.
NH;: [OH]=3.1x 107 M;

[NH;*]=3.1x 1023 M;

[NH;] = 0.533 M;

HNO;: [H30%] = 0.011 M;

[NO2~ ]1=0.0438 M;

[HNO,] = 1.07 M;
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(CH3)3N: [(CH3)3N] = 0.25 M;
[(CH3);NH'] = 4.3 x 103 M;
[OH ]1=4.3x1073 M;
NH,*: [NH,*]=0.100 M;
[NH3] = 7.5 x 107° M;
[H30"]1=75x10°M

a. Kp =1.8x1075;

b. K, =45 x 1074

. Kpy=74%x10"%
d K,=56x10"10

Q14.3.31

Determine Kj, for the nitrite ion, NOy~. In a 0.10-M solution this base is 0.0015% ionized.

Q14.3.32
Determine K, for hydrogen sulfate ion, HSO,~. In a 0.10-M solution the acid is 29% ionized.

S14.3.32
K,=12x 1072

Q14.3.33

Calculate the ionization constant for each of the following acids or bases from the ionization constant of its conjugate base or
conjugate acid:

a.F

b. NH,*

c. AsO4%~

d. (CH3);NH,+
e.NO;~

f. HC;04~ (as a base)

Q14.3.52

Calculate the ionization constant for each of the following acids or bases from the ionization constant of its conjugate base or
conjugate acid:

1. HTe™ (as a base)

2. (CHs)sNH*

3. HAsO43~ (as a base)
4. HO,™ (as a base)

5. CgHsNH3*

6. HSO3~ (as a base)

S14.3.52
a. Ky = 4.3 x 1072,
b. K, =1.4 x 10719,
. Kp=1x10"";
d Ky, =4.2x1073
e. Ky =4.2x 1073,
f. K, =83x107%
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Q14.3.53

For which of the following solutions must we consider the ionization of water when calculating the pH or pOH?

a.3x 1078 M HNO,

b. 0.10 g HCl in 1.0 L of solution

c. 0.00080 g NaOH in 0.50 L of solution

d. 1 x 1077 M Ca(OH);

e. 0.0245 M KNO3
Q14.3.54
Even though both NH3 and CqHsNH, are weak bases, NH; is a much stronger acid than C¢gHsNH,. Which of the following is
correct at equilibrium for a solution that is initially 0.10 M in NH3 and 0.10 M in C¢gHsNH;?
a. [OH- | = [NH,*]

b. [NH4+] = [C¢HsNH;+]

C. [OH_ ] = [CGH5NH3+]

d. [NH3] = [CGHsNH2]

e. both a and b are correct

is the correct statement.

Q14.3.55
Calculate the equilibrium concentration of the nonionized acids and all ions in a solution that is 0.25 M in HCOH and 0.10 M in

HCIO.

Q14.3.56

Calculate the equilibrium concentration of the nonionized acids and all ions in a solution that is 0.134 M in HNO; and 0.120 M in
HBrO.

S14.3.56

[H30"]1=75%x10°3M

[HNO,] = 0.126 [OH 1= 1.3 x 102 M [BrO "] = 3.2 x 10~ M [HBrO] = 0.120 M

Q14.3.57

Calculate the equilibrium concentration of the nonionized bases and all ions in a solution that is 0.25 M in CH3NH> and 0.10 M in

CsHsN (Kp = 1.7 x 1079).

Q14.3.58

Calculate the equilibrium concentration of the nonionized bases and all ions in a solution that is 0.115 M in NH; and 0.100 M in
CgH5NHo.

S14.3.58

[OH] = [NO,4*] = 0.0014 M

[NHs] = 0.144 M [H30"] = 6.9 x 10712 M [CeHsNH;+] = 3.9 x 1078 M [C¢HsNH,] = 0.100 M
Q14.3.59

Using the K, values in Appendix H, place Al(H30)g3* in the correct location in Figure.

Q14.3.60

Calculate the concentration of all solute species in each of the following solutions of acids or bases. Assume that the ionization of
water can be neglected, and show that the change in the initial concentrations can be neglected. Ionization constants can be found
in Appendix H and Appendix 1.
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a. 0.0092 M HCIO, a weak acid

b. 0.0784 M CgHsNH>, a weak base

c. 0.0810 M HCN, a weak acid

d. 0.11 M (CH3s)3N, a weak base

e. 0.120 M Fe(H,0)6>+ a weak acid, K, = 1.6 x 1077

S14.3.60
[H30+][ClO-] _  (2)(z) _ (2)(z)

— —8
[HCIO]  — (0.0092—z) ~ 00002 — >°* 10

Solving for x gives 1.79 x 107> M. This value is less than 5% of 0.0092, so the assumption that it can be neglected is valid. Thus,
the concentrations of solute species at equilibrium are:

[H30*] = [ClO] = 1.8 x 107> M[HCIO] = 0.00092 M [OH ] =5.6 x 1071° M;

[C6HSNH3H|[OH-] _  (@)a) _ (a)(@)

= ~ =4.6x 10710
[C6H5NH2] (0.0784—z) ~ 0.0784 X

Solving for x gives 6.01 x 107 M.

This value is less than 5% of 0.0784, so the assumption that it can be neglected is valid. Thus, the concentrations of solute species

at equilibrium are: [CH3CO,~] = [OH™] = 6.0 x 10°% M [CgHsNH,] = 0.00784 [H;0%] = 1.7x 107° M; %

= (z)(=) ~ (2)(z) =4 x 10710 Solving for x gives 5.69 x 107% M. This value is less than 5% of 0.0810, so the assumption
(0.0810 — z) 0.0810

that it can be neglected is valid. Thus, the concentrations of solute species at equilibrium are: [H30"] = [CN7] = 5.7 x 10 M

_ S -9 ny. ((CH3)3NHH|[OH—] _  (z)(z) _ (2)(=)
[HCN] =0.0810 M [OH ] =18 x 10° M; [(CH3)3N] = Oil—2) ~ o1
1073 M. This value is less than 5% of 0.11, so the assumption that it can be neglected is valid. Thus, the concentrations of solute
species at equilibrium are: [(CH3);NH'] = [OHT] = 2.9 x 102 M [(CH3)3N] = 0.11 M [H30"] = 35 x 107'2 M;
[Fe(H20)5(OH)H[H30+ ~  (2)(z) _ (2)(2)

[Fe(H20)62+] T (0.120—z)  0.120
0.120, so the assumption that it can be neglected is valid. Thus, the concentrations of solute species at equilibrium are:

[Fe(H,0)5(OH)*] = [H30"] = 1.4 x 107* M [Fe(H;0)2+] = 0.120 M[OH ] =7.2 x 107! M

= 7.4 x 1073 Solving for x gives 2.85 x

=1.6 x 107 Solving for x gives 1.39 x 10~* M. This value is less than 5% of

Q14.3.61

Propionic acid, C,HsCO,H (K, = 1.34 x 107), is used in the manufacture of calcium propionate, a food preservative. What is the
hydronium ion concentration in a 0.698-M solution of C,H;CO,H?

Q14.3.62

White vinegar is a 5.0% by mass solution of acetic acid in water. If the density of white vinegar is 1.007 g/cm?, what is the pH?
S14.3.62
pH=241

Q14.3.63

The ionization constant of lactic acid, CH3CH(OH)CO-H, an acid found in the blood after strenuous exercise, is 1.36 X 1074 1f
20.0 g of lactic acid is used to make a solution with a volume of 1.00 L, what is the concentration of hydronium ion in the solution?

Q14.3.64

Nicotine, C;oH;4N,, is a base that will accept two protons (K; = 7 x 107, K, = 1.4 x 1071). What is the concentration of each
species present in a 0.050-M solution of nicotine?

S14.3.64
[C10H14N2] =0.049 M
[C1oH14NoH'] = 1.9 x 107* M [C1oH14NoH?*] = 1.4 x 100 M[OH 1= 1.9 x 10 * M [H30"] =53 x 1071 M
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Q14.3.65
The pH of a 0.20-M solution of HF is 1.92. Determine K, for HF from these data.

Q14.3.66
The pH of a 0.15-M solution of HSO,4~ is 1.43. Determine K, for HSO,~ from these data.

S14.3.66
K,=12x102

Q14.3.67

The pH of a 0.10-M solution of caffeine is 11.16. Determine Ky, for caffeine from these data:

CsH19N4O2(aq) + H20(I) = CsH1gN4OoH* (ag) + OH™ (aq)

Q14.3.68

The pH of a solution of household ammonia, a 0.950 M solution of NH3 is 11.612. Determine K, for NH3 from these data.

S14.3.68
Ky, =177x107°

14.4: Hydrolysis of Salt Solutions
Q14.4.1

Determine whether aqueous solutions of the following salts are acidic, basic, or neutral:
d. AI(NO3)3
b. RbI
c. KHCO,
d. CH3NH3BF
Ql14.4.2

Determine whether aqueous solutions of the following salts are acidic, basic, or neutral:

d. FeCl3
b. K,CO3
c. NH4Br
d. KClO4
S14.4.2

acidic; basic; acidic; neutral

Q14.4.3

Novocaine, C13H,;0,N,Cl, is the salt of the base procaine and hydrochloric acid. The ionization constant for procaine is 7 x 107°,
Is a solution of novocaine acidic or basic? What are [H3O+], [OH], and pH of a 2.0% solution by mass of novocaine, assuming
that the density of the solution is 1.0 g/mL.

14.5: Polyprotic Acids
Q15.5.1

Which of the following concentrations would be practically equal in a calculation of the equilibrium concentrations in a 0.134-M
solution of H,COs3, a diprotic acid:

o [H30%],
* [0H]
L4 [HQCO;;]
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. [HCO;~ |
e [COs* |

No calculations are needed to answer this question.

S15.5.1
[H;0%] and [HCO;~ ] are equal, H;O* and HCO3~ are practically equal
Q15.5.2

Calculate the concentration of each species present in a 0.050-M solution of HjS.

Q15.5.3
Calculate the concentration of each species present in a 0.010-M solution of phthalic acid, CgH4(CO,H)>.

S15.5.3
CeH4(CO2H)s(ag) + HaO(l) = H30%(ag) + CeH4(COH)(CO;)(ag) K,=1.1 x1073
C6H4(CO2H)(CO3)(ag) + H20(l) = H30+ (aq) + CeHy(COs)2% (ag) K, =3.9x 1070
[CeH4(COH),] 7.2 x 1073 M, [CgH4(CO,H)(CO,) ] = [H30%] 2.8 x 1073 M, [CeH4(CO2)22~ 13.9 x 108 M, [OH ] 3.6 x 107> M

Q15.5.4

Salicylic acid, HOCgH4CO,H, and its derivatives have been used as pain relievers for a long time. Salicylic acid occurs in small
amounts in the leaves, bark, and roots of some vegetation (most notably historically in the bark of the willow tree). Extracts of
these plants have been used as medications for centuries. The acid was first isolated in the laboratory in 1838.

1. Both functional groups of salicylic acid ionize in water, with K, = 1.0 x 1073 for the—CO,H group and 4.2 x 10713 for the ~-OH
group. What is the pH of a saturated solution of the acid (solubility = 1.8 g/L).

2. Aspirin was discovered as a result of efforts to produce a derivative of salicylic acid that would not be irritating to the stomach
lining. Aspirin is acetylsalicylic acid, CH3CO,CgH4CO>H. The —COH functional group is still present, but its acidity is
reduced, K, = 3.0 x 1074, What is the pH of a solution of aspirin with the same concentration as a saturated solution of salicylic
acid (See Part a).

3. Under some conditions, aspirin reacts with water and forms a solution of salicylic acid and acetic acid:

CH300206H4002H(GQ) + Hzo(l) — HOCGH4COZH(GQ) + CH3COzH(aq) (3E4)

—-

. Which of the acids salicylic acid or acetic acid produces more hydronium ions in solution such a solution?

=

ii. What are the concentrations of molecules and ions in a solution produced by the hydrolysis of 0.50 g of aspirin dissolved in

enough water to give 75 mL of solution?

Q15.5.5

The ion HTe"™ is an amphiprotic species; it can act as either an acid or a base.

a. What is K, for the acid reaction of HTe™ with H,O?

b. What is Kj, for the reaction in which HTe™ functions as a base in water?

c. Demonstrate whether or not the second ionization of H,Te can be neglected in the calculation of [HTe ] in a 0.10 M solution of
HyTe.

S155.5
a. Ky = 1x1075;
b. Ky = 4.3 x 107'%;
. [Te*—][H304] _ (2)(0.0141+z)  (2)(0.0141)
" [HTe-] ~ (0.0141—z)  0.0141
M, this value is negligible (0.071%).

=1 x 10~%. Solving for x gives 1 x 107> M. Therefore, compared with 0.014
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14.6: Buffers

Q14.6.1
Explain why a buffer can be prepared from a mixture of NH,CI and NaOH but not from NH; and NaOH.

Q14.6.2

Explain why the pH does not change significantly when a small amount of an acid or a base is added to a solution that contains
equal amounts of the acid H3PO4 and a salt of its conjugate base NaH,POy.

S14.6.2

Excess H30" is removed primarily by the reaction:

H30%(ag) + HoPO4~(aq) — H3PO4(ag) + H20(1) Excess base is removed by the reaction: OH™(ag) + HsPO4(ag) — H2PO4 ™ (aq)
+ H,0(l)

Q14.6.3

Explain why the pH does not change significantly when a small amount of an acid or a base is added to a solution that contains
equal amounts of the base NH; and a salt of its conjugate acid NH,Cl.

Q14.6.4

What is [H30"] in a solution of 0.25 M CH3CO-H and 0.030 M NaCH3CO,?
CH3CO02H(ag) + H;0(I) = H30*(aq) + CH3CO, (ag) K, =18x 1073
S14.6.4

[H30"]=15x10*M

Q14.6.5

What is [H;0*] in a solution of 0.075 M HNO, and 0.030 M NaNO,?

S14.6.6
HNO;(aq) + HoO(l) = H30%(ag) + NOy (aq) K,=4.5x1075

Q14.6.6
What is [OH™] in a solution of 0.125 M CH3NH> and 0.130 M CH3NH3CI?

S14.6.6
CH3NH2(aq) + HzO(l) = CH3NH3+(aq) + OH_(aq) Ky=44x 10

[OH1=42x10"%*M
Q14.6.7
What is [OH ] in a solution of 1.25 M NH3 and 0.78 M NH4NQO3?

S14.6.7
NH3(ag) + HoO(l) & NH,*(ag) + OH (aq) Kp, =18x107°

Ql14.6.8

What concentration of NH4NOj is required to make [OH ] = 1.0 x 107° in a 0.200-M solution of NH3?
S14.6.8

[NH4NO3] =036 M

Q14.6.9A
What concentration of NaF is required to make [H30"] = 2.3 x 10™*in a 0.300-M solution of HEF?
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Q14.6.9B

What is the effect on the concentration of acetic acid, hydronium ion, and acetate ion when the following are added to an acidic
buffer solution of equal concentrations of acetic acid and sodium acetate:

a. HCl

b. KCH3CO»
c. NaCl

d. KOH

e. CH3C02H

S14.6.10

a. The added HCI will increase the concentration of H30" slightly, which will react with CHzCO,~ and produce CH3CO,H in the
process. Thus, [CH3CO,~ ] decreases and [CH3CO,H] increases.

b. The added KCH3CO, will increase the concentration of [CH3CO,~ ] which will react with H;O* and produce CH3CO, H in the
process. Thus, [H;0"] decreases slightly and [CH;CO,H] increases.

c. The added NaCl will have no effect on the concentration of the ions.

d. The added KOH will produce OH™ ions, which will react with the H30", thus reducing [H30"]. Some additional CH3CO,H will
dissociate, producing [CH3CO~ ] ions in the process. Thus, [CH3CO,H] decreases slightly and [CH3CO,™ ] increases.

e. The added CH3CO,H will increase its concentration, causing more of it to dissociate and producing more [CH3CO,~ | and H30"
in the process. Thus, [H30"] increases slightly and [CH3CO,~ ] increases.

Q14.6.11
What is the effect on the concentration of ammonia, hydroxide ion, and ammonium ion when the following are added to a basic

buffer solution of equal concentrations of ammonia and ammonium nitrate:

a. KI

b. NH;

c. HI

d. NaOH
e. NH4C1

What will be the pH of a buffer solution prepared from 0.20 mol NH;, 0.40 mol NH,NOj, and just enough water to give 1.00 L of
solution?

pH =8.95
Calculate the pH of a buffer solution prepared from 0.155 mol of phosphoric acid, 0.250 mole of KH,PO,, and enough water to
make 0.500 L of solution.

How much solid NaCH3CO;+3H,0 must be added to 0.300 L of a 0.50-M acetic acid solution to give a buffer with a pH of 5.00?
(Hint: Assume a negligible change in volume as the solid is added.)

37 g (0.27 mol)
What mass of NH,4CI must be added to 0.750 L of a 0.100-M solution of NH; to give a buffer solution with a pH of 9.26? (Hint:

Assume a negligible change in volume as the solid is added.)

Q14.6.1

A buffer solution is prepared from equal volumes of 0.200 M acetic acid and 0.600 M sodium acetate. Use 1.80 x 107> as K, for
acetic acid.

1. What is the pH of the solution?
2. Is the solution acidic or basic?

https://chem.libretexts.org/@go/page/292079



https://libretexts.org/
https://creativecommons.org/licenses/by/4.0/
https://chem.libretexts.org/@go/page/292079?pdf

LibreTexts"

Q14.6.1

What is the pH of a solution that results when 3.00 mL of 0.034 M HCl is added to 0.200 L of the original buffer?
a. pH = 5.222;
b. The solution is acidic. (c¢) pH = 5.221

Q14.6.1

A 5.36-g sample of NH,Cl was added to 25.0 mL of 1.00 M NaOH and the resulting solution diluted to 0.100 L.

a. What is the pH of this buffer solution?
b. Is the solution acidic or basic?
c. What is the pH of a solution that results when 3.00 mL of 0.034 M HCl is added to the solution?

Which acid in [link] is most appropriate for preparation of a buffer solution with a pH of 3.1? Explain your choice.
[H3O*]
K,

a
action. The [H;0%] concentration in a buffer of pH 3.1 is [H;0*] = 1031=7.94 x 107* M

To prepare the best buffer for a weak acid HA and its salt, the ratio should be as close to 1 as possible for effective buffer

We can now solve for K; of the best acid as follows:

0% _,
K,
+
K, = [H310 ] _7.94% 104

In [link], the acid with the closest K, to 7.94 x 10~* is HF, with a K, of 7.2 x 107,
Which acid in [link] is most appropriate for preparation of a buffer solution with a pH of 3.7? Explain your choice.

Which base in [link] is most appropriate for preparation of a buffer solution with a pH of 10.65? Explain your choice.

[OH™ ]

For buffers with pHs > 7, you should use a weak base and its salt. The most effective buffer will have a ratio that is as close

b
to 1 as possible. The pOH of the buffer is 14.00 — 10.65 = 3.35. Therefore, [OH ] is [OH] = 107P°H = 107335 = 4,467 x 107™* M.

We can now solve for Kj, of the best base as follows: [OE— ] =1Kp, = [OH]=4.47 x 10"* In [link], the base with the closest K}, to
b
4.47 x 1074 is CH3NH,, with a K;, = 4.4 x 1074,

Which base in [link] is most appropriate for preparation of a buffer solution with a pH of 9.20? Explain your choice.

Q14.6.4

Saccharin, C;H,NSO3H, is a weak acid (K, = 2.1 x 1072). If 0.250 L of diet cola with a buffered pH of 5.48 was prepared from
2.00 x 1073 g of sodium saccharide, Na(C,H,NSO5), what are the final concentrations of saccharine and sodium saccharide in the
solution?

S14.6.4

The molar mass of sodium saccharide is 205.169 g/mol. Using the abbreviations HA for saccharin and NaA for sodium saccharide
the number of moles of NaA in the solution is:

9.75 x 107% mol. This ionizes initially to form saccharin ions, A~, with: [A7] = 3.9 x 10°M

Q14.6.5

What is the pH of 1.000 L of a solution of 100.0 g of glutamic acid (CsHgNO,, a diprotic acid; K; = 8.5 x 1075, K, = 3.39 x 10710)
to which has been added 20.0 g of NaOH during the preparation of monosodium glutamate, the flavoring agent? What is the pH
when exactly 1 mol of NaOH per mole of acid has been added?

14.7: Acid-Base Titrations
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Q14.7.1

Explain how to choose the appropriate acid-base indicator for the titration of a weak base with a strong acid.

S14.7.1

At the equivalence point in the titration of a weak base with a strong acid, the resulting solution is slightly acidic due to the
presence of the conjugate acid. Thus, pick an indicator that changes color in the acidic range and brackets the pH at the equivalence
point. Methyl orange is a good example.

Q14.7.2

Explain why an acid-base indicator changes color over a range of pH values rather than at a specific pH.

Q14.7.3
Why can we ignore the contribution of water to the concentrations of H3O" in the solutions of following acids:

e 0.0092 M HCIO, a weak acid
e 0.0810 M HCN, a weak acid
e 0.120 M Fe(H,0)¢2t a weak acid, K, = 1.6 x 107/

but not the contribution of water to the concentration of OH?

S14.7.3

In an acid solution, the only source of OH™ ions is water. We use K,, to calculate the concentration. If the contribution from water
was neglected, the concentration of OH™ would be zero.

Q14.7.4

We can ignore the contribution of water to the concentration of OH" in a solution of the following bases:
0.0784 M CgHsNH3, a weak base
0.11 M (CHj3)3N, a weak base

but not the contribution of water to the concentration of H;0*?

Q14.7.5

Draw a curve for a series of solutions of HF. Plot [H30"];o1 0on the vertical axis and the total concentration of HF (the sum of the
concentrations of both the ionized and nonionized HF molecules) on the horizontal axis. Let the total concentration of HF vary
from 1 x 1071 Mto 1 x 1072 M.

|o2 Agraph is shown that is titled “Plot of [ H subscript 3 O superscript + ] Against [ H F ].” The horizontal axis is labeled “[ H F ], M.” The axis begins at 10 superscript negative 10 and includes markings every 10
superscript 2 units up to 1.0. The vertical axis is labeled “[ H subscript 3 O superscript plus ], M” and begins at 10 superscript negative 10 and increases by 10 superscript 2 up to 1.0. A black curve starts at the left side of
the graph at (10 superscript negative 10, 10 superscript negative 7). The line extends horizontally to a horizontal axis value of 10 superscript negative 8. After this, the line gradually increases at a steady rate to a value
just over 10 superscript negative 3 at a horizontal axis value of 10 superscript negative 2.

Q14.7.6

Draw a curve similar to that shown in Figure for a series of solutions of NH;. Plot [OH] on the vertical axis and the total
concentration of NH; (both ionized and nonionized NH;3 molecules) on the horizontal axis. Let the total concentration of NH; vary
from1x 107" Mto 1 x 102 M.

Q14.7.7

Calculate the pH at the following points in a titration of 40 mL (0.040 L) of 0.100 M barbituric acid (K, = 9.8 x 107%) with 0.100 M
KOH.

1. no KOH added

2. 20 mL of KOH solution added
3. 39 mL of KOH solution added
4. 40 mL of KOH solution added
5. 41 mL of KOH solution added
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S14.7.7
1. pH = 2.50;
2.pH=4.01;
3. pH = 5.60;
4. pH = 8.35;
5.pH =11.08
Q14.7.8

The indicator dinitrophenol is an acid with a K, of 1.1 x 1074, In a 1.0 x 107-M solution, it is colorless in acid and yellow in base.
Calculate the pH range over which it goes from 10% ionized (colorless) to 90% ionized (yellow).

This page titled 3.E: Acid-Base (Practice Questions) is shared under a CC BY license and was authored, remixed, and/or curated by OpenStax.
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3.E: Acid—Base (more practice questions with answers)

16.1: Acids and Bases: A Brief Review

16.2: Brgnsted—Lowry Acids and Bases

Conceptual Problems

1.

10.
11.

12.

Identify the conjugate acid—base pairs in each equilibrium.
a. HSOy (aq) + H,0 (I) = SO (aq) + H30™" (aq)
b. C3H7NO; (aq) + HsO% (ag) = C3HzNO7 (ag) + H20 (1)
c. CH30:H (aq) + NHs (aq) = CH3CO; (aq) + NH; (ag)
d. SbF; (ag) + 2 HF (aq) = HoF™* (ag) + SbF; (aq)

. Identify the conjugate acid—base pairs in each equilibrium.

a. HF (aq) + H20 (I) = H30" (aq) + F~ (aq)

b. CH;CH,NH, (aq) + H20 (I) = CHsCH2NH} (ag) + OH™ (aq)
C. C3H7NO; (ag) + OH™ (aq) = C3HgNO; (aq) + H20 (1)

d. CH3CO»H (aq) + 2 HF (aq) = CH3C(OH)} (ag) + HF; (aq)

. Salts such as NaH contain the hydride ion (Z#~). When sodium hydride is added to water, it produces hydrogen gas in a highly

vigorous reaction. Write a balanced chemical equation for this reaction and identify the conjugate acid—base pairs.

. Write the expression for K, for each reaction.

a. HCOj (aq) + H20 (I) = CO3™ (aq) + H30* (aq)
b. formic acid (ag) + H20 (I) = formate (ag) + H307 (aq)
C. H3 POy (aq) + H20 (I) = HyPOj (aq) + H30% (aq)

. Write an expression for the ionization constant K; for each reaction.

a. OCHj; (aq) + H20 (I) = HOCH3 (aq) + OH™ (aqg)
b. NH; (ag) + H20 (I) = NH;z(ag) + OH™ (ag)
. 8% (aq) + H2O (1) = HS™ (aq) + OH™ (ag)

. Predict whether each equilibrium lies primarily to the left or to the right.

a. HBr (aq) + H,0 (I) & H30™ (aq) + Br™ (aq)

b. NaH (s) + NH; (aq) = H, (9) + NaNH, (s)

C. OCHj; (aq) + NH; (aq) = CH30H (aq) + NH; (aq)
d. NH; (ag) + HCl (ag) = NH} (aq) + Cl™ (aq)

. Species that are strong bases in water, such as CH;, NH;, and $?~, are leveled to the strength of OH~, the conjugate base of

H,0. Because their relative base strengths are indistinguishable in water, suggest a method for identifying which is the strongest
base. How would you distinguish between the strength of the acids HIOs, H,SO,, and HCIO4?

. Is it accurate to say that a 2.0 M solution of H,S0,, which contains two acidic protons per molecule, is 4.0 M in H*? Explain

your answer.

. The alkalinity of soil is defined by the following equation: alkalinity = [HCO3] + 2[CO3"] + [0H | — [H*]. The source of both

HCOj and CO?%~ is H»CO;. Explain why the basicity of soil is defined in this way.
Why are aqueous solutions of salts such as CaCl, neutral? Why is an aqueous solution of NaNH, basic?
Predict whether the aqueous solutions of the following are acidic, basic, or neutral.

a. LigN
b. NaH
C. KBr
d. CoHsNH3Cl
When each compound is added to water, would you expect the pH of the solution to increase, decrease, or remain the same?

a. LiCH,
b. MgCl,
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c. KsO
d. (CH3):NH; Br-
13. Which complex ion would you expect to be more acidic: Pb(H20)2+ or Sn(H30)2+? Why?
14. Would you expect Sn(H;0)2* or Sn(H.0)4" to be more acidic in aqueous solutions? Why?
15. Is it possible to arrange the hydrides LiH, RbH, KH, CsH, and NeH in order of increasing base strength in aqueous solution?
Why or why not?

Conceptual Answer

1.
a. HSO4 (aq) + H20 (1) & SO%* (ag) + H30" (aq)
ase conJugate base conjugate acid
b. C3H7N02 (ag) + H30+ (aq) = 03H8N0+ (ag) + Ho0(1)
conjugate acid conjugate base

c. HOAc (a,q) + NH3 (aq) = CH3C0; (aq) + NH] (ag)
conjugate base conjugate acid

d. SbF5 (aq) + 2HF (a,q) 2 HoF* (ag) + SbF; (aq)

conjugate acid couJugate base

2.
a. HF (aq) + H2O (I) & H30% (aq) + F~(agq)
acid base conjugate acid  conjugate base
b. CH3CH;NH; (aq) + HgO( ) = CH3;CH;NH} (aq) + OH™ (ag)
base conjugate acid conjugate base
€. C3H7NO; (ag) + OH™ (ag) = C3HgNOj (ag) + H20 (1)
acid base conjugate base conjugate acid
d. C’H3002H (aq) + 2HF (aq) = CH;C(OH) (ag) + HF; (aq)
conjugate acid conjugate base

3.NaH (s) + HO(l) = Hy(9) + NaOH (aq)

base acid conjugate acid conjugate base
4.

[COF11H:0%]
a.K,= [Hco3]
[formate]|[H30*]
b. K“ mfcac:ﬂ
[H,PO;][H30%]

CK,= EAZ)
5.

_ leoriasot)
&K = oy

— [NH,|[OH"]
b. Kb = W

¢ Ky = 5 o]

6. Strong acids have the smaller pK,.

a. Equilibrium lies primarily to the right because HBr (pK. = —8.7) is a stronger acid than H3O% (pK, = —1.7) and H,0 (pK, = 14)
is a stronger base than Br~ ( pK, = —8.7).

b. Equilibrium lies primarily to the left because H, (pK, = 36) is a stronger acid than NH; (pK, = 38) and (NaNH,) (pK, = 38) is a
stronger base than NaH (pK, = 35).

c. Equilibrium lies primarily to the left because CH30H (pK, = 17) is a stronger acid than NH; (pK, = 38) and NH; (pK, = 38) is
a stronger base than OCHj (pK, = 25).

d. Equilibrium lies to the right because HCI (pK, = —7) is a stronger acid than NH} (pK, = 9.3) and NHj is a stronger base than
Cl~ (pK, = —7).
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7. To identify the strongest base we can determine their weakest conjugate acid. The conjugate acids of CH;, NH;, and S5 are
CH,, NHj3, and HS™, respectively. Next, we consider that acidity increases with positive charge on the molecule, thus ruling out
that S; is the weakest base. Finally, we consider that acidity increases with electronegativity, therefore NHj is the second most
basic and CHy is the most basic. To distinguish between the strength of the acids HIO3, H2SO4, and HCIO4 we can consider that
the higher electronegativity and oxidation state of the central nonmetal is the more acidic, therefore the order of acidity is: HIO3<
H,S0,<HCIO, because electronegativity and oxidation state increases as follows: I(+5) < S(+6) < Cl(+7).

8. It is not accurate to say that a 2.0 M solution of H,S04, which contains two acidic protons per molecule, is 4.0 M in H* because
a 2.0 M solution of H,S0, is equivalent to 4.0 N in H+.

2.0 mol HySO4 2eqHY _ 4eqH* +
1L X TmolHs0; = L~ —4NH

9. Alkalinity is a measure of acid neutralizing capability. The basicity of the soil is defined this way because bases such as HCO3;
and CO?%~ can neutralize acids in soil. Because most soil has a pH between 6 and 8, alkalinity can be estimated by its carbonate
species alone. At a near neutral pH, most carbonate species are bicarbonate.

10. Aqueous solutions of salts such as CaCls are neutral because it is created from hydrochloric acid (a strong acid) and calcium
hydroxide (a strong base). An aqueous solution of NaNH, is basic because it can deprotonate alkynes, alcohols, and a host of other
functional groups with acidic protons such as esters and ketones.

11.

a. LigN is a base because the lone pair on the nitrogen can accept a proton.

b. NaH is a base because the hydrogen has a negative charge.

c. KBr is neutral because it is formed from HBr (a strong acid) and KOH (a strong base).
d. CoHsNH3Cl is acidic because it can donate a proton.

12.

a. The pH is expected to increase. LiCHj (aq) + H20 (l) = LiOH (aq) + CHy(aq)
acid conjugate base  conjugate acid

b. The pH is expected to increase. M. gClz (ag) + HzO (l) = 2HCl(aq) + MgO (aq)

conjugate acid  conjugate base

c. The pH is expected to remain the same. K0 (ag) + H20 (I) = 2 KOH (aq)

d. The pH is expected to increase. (CH3)e NHy Br~ (aq) + H20 (l) = H30" (ag) + (CH3)2NH (aq)
acid

conjugate acid conjugate base

13. Sn(H20)3* is expected to be more acidic than Pb(H,0)%* because Sn is more electronegative than Pb.
14. Sn(H,0)g* is expected to be more acidic than Sn(H,0)2* because the charge on Sn is greater (4% > 2+).

15. Yes, it is possible the order of increasing base strength is: LiH < NaH < RbH < CsH because increasing base strength is
dependent on decreasing electronegativity.

Numerical Problems
1. Arrange these acids in order of increasing strength.
o acid A: pK, = 1.52
o acid B: pK, = 6.93
o acid C: pK, = 3.86

Given solutions with the same initial concentration of each acid, which would have the highest percent ionization?

2. Arrange these bases in order of increasing strength:
o base A: pK, = 13.10
o base B: pKp = 8.74
o base C: pK; = 11.87

Given solutions with the same initial concentration of each base, which would have the highest percent ionization?
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3. Calculate the K, and the pK,, of the conjugate acid of a base with each pKj value.

a. 3.80
b. 7.90
c. 13.70
d. 1.40
e. —2.50

4. Benzoic acid is a food preservative with a pK, of 4.20. Determine the Kj and the pKj; for the benzoate ion.
5. Determine K, and pK, of boric acid [B(OH)s], solutions of which are occasionally used as an eyewash; the pK of its conjugate
base is 4.80.

Numerical Answers

1. Acids in order of increasing strength: acid B < acid C < acid A. Given the same initial concentration of each acid, the highest
percent of ionization is acid A because it is the strongest acid.

2. Bases in order of increasing strength: base A < base C < base B. Given the solutions with the same initial concentration of each
base, the higher percent of ionization is base A because it is the weakest base.

3.

d.

pK,+pKy=14 = pK, =14 — pK;, = 14 — 3.80 = 10.2
K, =107k =10"102 = 6.31 x 107!

b.

pK,+pKy =14 = pK, = 14 — pKy = 14 — 7.90 = 6.10
K,=10"PK =10"%1= 7,94 x 1077

C.

pK,+pKy =14 — pK, = 14 — pKy = 14 — 7.90 = 3.000 x 107!
K, = 107PKs — 1073000107 _ _5 072 x 107!

d.

K.+ pKy=14 > pK, =14 —pK; =14 — 1.40 =12.6
K, =107k = 107126 = 2,51 x 10713

e.pK,+pKy =14 - pK, = 14 —pK, = 14 — 7.90 = 16.5
K, = 107K« = 107165 = 3.16 x 1077

4.

pK,+pKy =14 = pKy = 14 — pK, = 14— 4.20 = 9.80
Ky =107PKe — 107980 — 1,58 x 1010

5.

pK,+pKy =14 — pK, = 14 — pKy = 14 — 4.80 = 9.20

K,=107K =1079% =631 x 10710

16.3: The Autoionization of Water

Conceptual Problems
1. What is the relationship between the value of the equilibrium constant for the autoionization of liquid water and the tabulated

value of the ion-product constant of liquid water (K,,)?
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2. The density of liquid water decreases as the temperature increases from 25°C to 50°C. Will this effect cause K, to increase or
decrease? Why?
3. Show that water is amphiprotic by writing balanced chemical equations for the reactions of water with HNO3 and NHj. In
which reaction does water act as the acid? In which does it act as the base?
4. Write a chemical equation for each of the following.
a. Nitric acid is added to water.
b. Potassium hydroxide is added to water.

c. Calcium hydroxide is added to water.
d. Sulfuric acid is added to water.

5. Show that K for the sum of the following reactions is equal to K.

HMnO, (ag) = H* (ag) + MnO] (aq) (3.E.1)
MnOj (aq) + HyO (1) = HMnO4 (ag) + OH™ (ag) (3E.2)
Conceptual Answers
1.
Ky = [H;0"][OH ] = KautoH20) (3.E.A4)

2. This will affect K, as it is dependent on temperature. As the temperature increases, an endothermic process occurs (energy must
be absorbed to break the bonds). Consequently, according to Le Chatelier, an increase in temperature favors the forward reaction
thus the position of equilibrium shifts toward the right-hand side and K,, becomes larger.

3.
Water acts as the base:

H,0 (1) + HNO;3 (g) — H30% (aq) + NOj (aq) (3.E.5)

Water acts as the acid:
H,O0(l)+ NH3 (g) - OH™ (aq) + NH, (aq) (3.E.6)

4.
a. HNO; (aq) + H»O (I) & H30 (aq) + HNO;3 (aq)
b. KOH (s) + HO (I) & K~ (ag) + OH™ (aq)
C. Ca(OH); (s) + H20 (I) = Ca?* (ag) + 20H~ (aq)
d. Hy804 (aq) + H20 (I) = HSOj (aq) + H* (aq)
5.
HyO () = H* (aq) + OH™ (ag)
K, =[H*][OH™]

Numerical Problems
1. The autoionization of sulfuric acid can be described by the following chemical equation:

H3S804 (1) + Hy804 (ag) = H3SO} (ag) + HSO; (aq) (3.E.7)

At 25°C, K = 3 x 107, Write an equilibrium constant expression for K,s0, that is analogous to K,,. The density of H.50, is
1.8% at 25°C. What is the concentration of H;S0;} ? What fraction of H,S0, is ionized?

2. An aqueous solution of a substance is found to have [H;0]* = 2.48 x 10~8 M. Is the solution acidic, neutral, or basic?

3. The pH of a solution is 5.63. What is its pPOH? What is the [OH~]? Is the solution acidic or basic?
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4. State whether each solution is acidic, neutral, or basic.
a. [H30t] =86 x 1073 M
b. [H30*]=3.7x107° M
C. [HsOt]|=21x10" M
d. [H301]=14x10"% M

5. Calculate the pH and the pOH of each solution.
a.0.15 M HBr
b. 0.03 M KOH
c.2.3x1073 M HNO;
d. 9.78 x 1072 M NaOH
e. 0.00017 M HCl
f.5.78 M HI

6. Calculate the pH and the pOH of each solution.
a. 25.0 mL of 2.3 x 1072 M HCI, diluted to 100 mL
b. 5.0 mL of 1.87 M NaOH, diluted to 125 mL
c. 5.0 mL of 5.98 M HC! added to 100 mL of water
d. 25.0 mL of 3.7 M HNO; added to 250 mL of water
e. 35.0 mL of 0.046 M HI added to 500 mL of water
f. 15.0 mL of 0.0087 M KOH added to 250 mL of water.

7. The pH of stomach acid is approximately 1.5. What is the [H+]?
8. Given the pH values in parentheses, what is the [H*] of each solution?

a. household bleach (11.4)
b. milk (6.5)

c. orange juice (3.5)

d. seawater (8.5)

e. tomato juice (4.2)

9. A reaction requires the addition of 250.0 mL of a solution with a pH of 3.50. What mass of HCI (in milligrams) must be
dissolved in 250 mL of water to produce a solution with this pH?
10. If you require 333 mL of a pH 12.50 solution, how would you prepare it using a 0.500 M sodium hydroxide stock solution?

Numerical Answers
1.
Km,s50, = [H3SOJ|[HSO,] = K[H2504)s (3.E.8)
[H3SO}] = 0.3 M (3.E.9)
So the fraction ionized is 0.02.
2. The solution is basic because the pH = —log([H30%]) = —log(2.48 x 1078) =7.61 > 7.
3.
pH + pOH = 14 — pOH = 14 — pH = 14— 5.63 = 8.37
[OH ] =10"7% = 427 x 107?
The pH = 5.63 < 7, therefore the solution is acidic.
4.
a. The solution is acidic. pH = —log([H30%]) = —10g(8.6 x 1073) =2.1 < 7

b. The solution is basic. pH = —log([H30%]) = —log(3.7x 107%) =84 > 7

c. The solution is acidic. pH = —log([H30%]) = —log(2.1 x 1077) = 6.7 < 7
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d. The solution is acidic. pH = —log([H307]) = —log(1.4 x 107%) =59 < 7
5.

a.

pH = —log([H30%]) = —log(0.15) = 0.82

pH +pOH =14 — pOH = 14— pH = 14— 0.82 = 13

b.

pOH = —log([OH™]) = —log(0.03) = 2

pH +pOH=14 > pH=14 —pOH=14—2=10

C.

pH = —log([H30%]) = —log(2.3 x 1073) = 2.6

pH +pOH =14 > pOH = 14— pH = 14— 2.6 =11

d.

pOH = —log([OH]) = —log(9.78 x 1072) = 1.01

pH +pOH = 14 — pH = 14 — pOH = 14— 1.01 = 13.0

e.

pH = —log([H;0*]) = —log(0.00017) = 3.8

pH +pOH =14 - pOH =14—pH =14—-38=10

f.

pH = —log([H307]) = —log(5.78) = —0.762

pH + pOH = 14 — pOH = 14— pH = 14— (—0.762) = 14.8

6.

1L 2.3x10~2 mol 1 —
a.25.0mL x 1000 mL X XlL UL 100 mEX oy = 0.060 M HCIl

pH = —log([H30%]) = —log(0.060) = 1.22
pH +pOH =14 — pOH = 14 —pH = 14— 1.22 = 12.78

1L 1.87 mol 1 — —2
b. 5.0mL x iy X H{PE x iy = 7.5 % 107° M NaOH

pOH = —log([OH™]) = —log(7.5 x 1072) = 1.1

pH+pOH =14 - pH =14 —pOH =14—11=129

5.98 mol

C.5.0mL X topmr X 2872 x =0.20 M HCl

1
100 mLX 1o0par

pH = —log([H307]) = —log(0.20) = 0.70

pH +pOH =14 — pOH = 14— pH = 14— 0.70 = 13.3

1L 3.7mol 1 —
d. 25.0mL x 1,000 mL X 1'20 X m =0.370 M HNOj3

pH = —log([H307]) = —log(0.370) = 0.432
pH +pOH = 14 — pOH = 14— pH = 14— 0.432 = 13.568

1L 0.046 mol 1 — —3
€. 35.0mL X gy x W x gt = 3% 107 M HT

pH = —log([H30%]) = —log(3 x 107%) = 2.52

pH +pOH =14 - pOH = 14— pH = 14— 2.52 = 1148
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f. 15.0mL x g5y x 200Tmal L =5.20x107* M KOH

125 mLX toair

pOH = —log([OH]) = —log(5.20 x 10™*) = 3.28

pH +pOH =14 — pH = 14 — pOH = 14— 3.28 = 10.72
7.[H¥] =107 =10"% =32 x 102 M

8.

a.[H*]=10714 =398 x 1072 1
b.[Ht]=10%"=32x10"M

C[HY =103 =32x10"*M
d.[H]=10"8=32x10°M

e [HY|=10*2=63x10° M

9.2.9mg HCI

[H+] = 10777 = 107%% = 3.1622 x 104 M

zmg HCl x toofncor X 2500 x m =3.1622 x 107* M HCl — ZmelHCl — 31622 x 10~ M HCl — z mol

HCIl =3.1622 x 1074 M x 9115 L HCl — xmol HCl = 2.9mol HCl — x = 2.9
10. To prepare the stock solution, 2.11 x 1072 L of 0.500 M NaOH solution is required.
008162 mol NaOH ¢ 3LlaOH — x 0.333 L = 2.11 X 1072 g NaOH.

[OH-]=10"1%=0.03162 M

pH +pOH =14 — pOH = 14— 12.50 = 1.5
16.4: The pH Scale

16.5: Strong Acids and Bases

16.6: Weak Acids

16.7: Weak Bases

16.8: Relationship Between Ka and Kb

16.9: Acid-Base Properties of Salt Solutions

16.10: Acid-Base Behavior and Chemical Structure

Conceptual Problems
1. Several factors affect the relative strengths of acids and bases. For each pair, identify the most important factor in determining
which is the stronger acid or base in aqueous solution.
a. CH3CClsCH,CO2H versus CHsCH,CH,COsH
b. CH3CO.H versus CH;CH,OH
c. HCIO versus HBrO
d. CH3C(=0)NH, versus CHsCH,NH,
e. H3AsO,4 versus H3AsOj3

2. The stability of the conjugate base is an important factor in determining the strength of an acid. Which would you expect to be

the stronger acid in aqueous solution—CsHs NH; or NH}? Justify your reasoning.
3. Explain why H,Se is a weaker acid than HBr.
4. Arrange the following in order of decreasing acid strength in aqueous solution: H3PO,, CH3 PO3H,, and HCIO3.
5. Arrange the following in order of increasing base strength in aqueous solution: CH3S~, OH~, and CF3S~.
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6. Arrange the following in order of increasing acid strength in aqueous solution: HCIO3, HNO,, and HNOj3.

7. Do you expect HySO3 or HySeOj to be the stronger acid? Why?

8. Give a plausible explanation for why CF30H is a stronger acid than CH3OH in aqueous solution. Do you expect CHCl,CH,OH
to be a stronger or a weaker acid than CH30H? Why?

9. Do you expect Cl,NH or NHj to be the stronger base in aqueous solution? Why?

Conceptual Answers
1.

a. The most important factor in determining the stronger acid is considering the inductive effect. Chlorine is an electron-
withdrawing group. It pulls electron density away from the compound by means of the inductive effect through the sigma bond. In
considering the conjugate base of CH3CCl,CH,CO2H, Chlorine absorbs some of the electron density or excess negative charge on
the oxygen atom. This causes the C bonded to the attached Chlorine atoms to be partially positive. The conjugate base of
CH3CCl,CH,CO-H is more stable, thus more acidic than the conjugate base of CH;CH>;CH,CO>H.

b. The most important factor in determining the stronger acid is knowing the pK, values for functional groups. The pK, of alcohol
is about 16 while the pK, of a carboxylic acid is about 5. Therefore, CH3CO2H is more acidic than CH;CH,OH.

c. The most important factor in determining the stronger acid is electronegativity. The chlorine atom is more electronegative than
the bromine atom, therefore HCIO is more acidic than HBrO.

d. The most important factor in determining the stronger acid is considering resonance. The CH3C(=0O)NH; has a resonance which
increases the stability of the conjugate base (therefore increasing acidity) because the negative charge can be delocalized. Thus,
CH;3C(=0)NH; is more acidic than CH3CH;NH,.

e. The most important factor in determining the stronger acid is considering oxidation states on the central nonmetal. H3AsQ4 has
an oxidation state of +5 which is larger and thus more acidic than H3AsO3 which has an oxidation state of +3.

CF3S8~ < CH3S8~ < OH~ (strongest base)
NHj; Cl atoms withdraw electron density from N in Clo NH.

2. It is expected that the stronger acid is C¢Hs; NH; because in considering the conjugate base the lone pair of electrons on nitrogen
is involved in resonance, hence the molecule is stable.

3. H,Se is a weaker acid than HBr because Br is more electronegative than Se thus more stable.
4. HCIO3 > CH3PO3H, > H3PO,

This is because H3 PO, is a polyprotic acid which contains 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 which indicate it is the most basic. The conjugate base of CIO3~ has a much smaller charge to volume ratio, thus
most stable and acidic.

5.CF3S~ < CH3S~ <OH~

CF3S— is the most acidic because of the three electronegative Fluorines. OH~ is the strongest base in water. Thus, CH3S~ is in
between these aqueous solutions.

6. HNO3 < HCIO3 < HNO3

HNOs; has resonance stabilization, therefore it is the most acidic. Between HCIO, and HNQ,, Cl is the most electronegative
therefore HCIO, is more acidic than HNO,.

7. 1 expect H,S03 to be the stronger acid because it is more electronegative or has greater attraction which means it’ll be less
inclined to share their electrons with a proton.

8. CF30H is a stronger acid than CH3OH in aqueous solution because F is more electronegative than H.

9. It would be expected that NHj be a stronger base than CloNH because it is electronegative due to the two C7 atoms.
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16.11: Lewis Acids and Bases
Problems
1. Identify the nature of each of the following as either a Lewis Acid or a Lewis Base:

d. NH3
b. Agt
c. NiZt
d. pe*t
e. H2O
f. SO,

2. Explain why S¢Fy can act as a Lewis Acid.
3. Identify the nature of each of the following as either a Lewis Acid or a Lewis Base:

d. [Fe(CN)e] 8-
b. [Né(NHs)e|2+
c.CdBry~

4. What is the product of the reaction of CO; + OH~ — ?
5. In the reactions below, which is the Lewis Acid and/or which is the Lewis Base?

a. NH3+H+—)NHI
b. H,O + HY — H30*

6. In the complex ion, [PtClg)?~ which is the Lewis Acid and which is the Lewis base?

7. The reaction of AgCl + NH; produces what complex ion?

Solutions
1.

a. NHj is a lewis base because nitrogen has a lone pair of electrons to "donate."

b. Ag* is a lewis acid because it has an unfilled octet and thus is able to accept a pair of electrons.

c. Nit is a lewis acid because it has an unfilled octet and thus is able to accept a pair of electrons.

d. Pt** is a lewis acid because it has an unfilled octet and thus is able to accept a pair of electrons.

e. Hy0 is a lewis base because oxygen has two lone pairs of electrons to "donate."

f. 8O, is a lewis acid because sulfur has an unfilled octet and thus is able to accept a pair of electrons.

2. \(SiF_4\) has a central Silicon Atom which can expand its octet to 12 (compared to the typical 8) so that it forms \
([SIF_6]M2-1\).

3.

a. Lewis Acid: Fe3*t, Lewis Base: CN—
b. Lewis Acid: Ni2?+, Lewis Base: NH;
c. Lewis Acid: Cd?t, Lewis Base: Br™

4. This reaction forms a bicarbonate ion. CO, + OH~ - O — —COH = O.
5.

a. Lewis Acid: Ht, Lewis Base: NHj

b. Lewis Acid: H*, Lewis Base: H,O

6. Pttt is the Lewis acid and ¢~ is the Lewis base.
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7.

Conceptual Problems

1. Construct a table comparing how OH™, NH3, H,0O, and BClj; are classified according to the Arrhenius, the Brgnsted—Lowry, and
the Lewis definitions of acids and bases

2. Describe how the proton (H™) can simultaneously behave as an Arrhenius acid, a Brgnsted—Lowry acid, and a Lewis acid.
3. Would you expect aluminum to form compounds with covalent bonds or coordinate covalent bonds? Explain your answer.
4. Classify each compound as a Lewis acid or a Lewis base and justify your choice.

a. AlCl3

b. CHsN

c. IOy

5. Explain how a carboxylate ion (RCOj) can act as both a Brgnsted—Lowry base and a Lewis base.

Conceptual Answers

1.
Arrhenius Acid Arrhenius Brefnsted—Lowry Bransted-Lowry Lewis Acid Lewis Base
Base Acid Base
OH~ X X X
NH;3 X
H>0 X X X X X
BCls X

An Arrhenius acid is a molecule that when dissolved in water it will donate an H* in solution.
An Arrhenius base is a molecule that when dissolved in water it will donate an OH ~ in solution.
A Brensted-Lowry acid is a molecule that when dissolved in a solution it will donate an H™ in solution.

A Brensted—Lowry base is a molecule that when dissolved in a solution it will donate an atom or ion capable of accepting or
bonding to a free proton in solution.

A Lewis acid is an atom or molecule that accepts an electron pair.
A Lewis base is an atom or molecule that donates an electron pair.
2.

The proton (H*) can simultaneously behave as an Arrhenius acid because when it is dissolved in water it will donate itself. H*
+ H,0 = H30%

The proton (H™) can simultaneously behave as a Brgnsted—Lowry acid because when it is dissolved in solution it will donate itself.
H*+B~ < HB

The proton (H+) can simultaneously behave as a Lewis acid as it can accept an electron pair.

H*+B = HB

3. It is expected that Aluminum forms a coordinate covalent bond as it can participate in a Lewis acid and a Lewis base interaction.
For example A3 + Hy0 = [Al(OH,)q|*

4.
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a. AlCl3 is a Lewis acid as Al can accept an electron pair.
b. CH3N is a Lewis base as N can donate an electron pair.
c. IO3 is a Lewis base as I can donate an electron pair.

5. The carboxylate ion (RCO;3) can act as Brgnsted—Lowry base because when dissolved in a solution the electron rich O is capable
of accepting a proton. The carboxylate ion (RCOj) can act as a Lewis base because the electron rich O can donate an electron pair.

Numerical Problems

1. In each reaction, identify the Lewis acid and the Lewis base and complete the reaction by writing the products(s).
a. (CH;3),0 + AlCl,

b. SnCly +2 CI”

2. Use Lewis dot symbols to depict the reaction of BCl3 with dimethyl ether [(CH3),0]. How is this reaction similar to that in
which a proton is added to ammonia?

Answer

1.

a. The Lewis acid is AlCl3 and the Lewis base is (CHj)20.

(CHj3)20 + AlCl3 = AlCl3 - O(CHs)y

b. The Lewis acid is SnCl, and the Lewis base is CI~.

SnCly +2CI~ = SnCIE

2.

BCl3 + (CH3)20 < BCl3 - O(CHs),

This reaction is similar to that in which a proton is added to ammonia as it also involves a Lewis acid and a Lewis base interaction.

3.E: Acid-Base (more practice questions with answers) is shared under a not declared license and was authored, remixed, and/or curated by
LibreTexts.
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4.1: Buffers

4} Learning Objectives

e Describe the composition and function of acid—base buffers
o Calculate the pH of a buffer before and after the addition of added acid or base

A mixture of a weak acid and its conjugate base (or a mixture of a weak base and its conjugate acid) is called a buffer solution, or a
buffer. Buffer solutions resist a change in pH when small amounts of a strong acid or a strong base are added (Figure 4.1.1). A
solution of acetic acid (CH3COOH and sodium acetate CH3COONa) is an example of a buffer that consists of a weak acid and its
salt. An example of a buffer that consists of a weak base and its salt is a solution of ammonia (NHs (aq)) and ammonium chloride (
NH4Cl (aq)).

(b)

Figure 4.1.1: (a) The unbuffered solution on the left and the buffered solution on the right have the same pH (pH 8); they are basic,
showing the yellow color of the indicator methyl orange at this pH. (b) After the addition of 1 mL of a 0.01-M HCI solution, the
buffered solution has not detectably changed its pH but the unbuffered solution has become acidic, as indicated by the change in
color of the methyl orange, which turns red at a pH of about 4. (credit: modification of work by Mark Ott)

How Buffers Work

A mixture of acetic acid and sodium acetate is acidic because the K; of acetic acid is greater than the Ky, of its conjugate base
acetate. It is a buffer because it contains both the weak acid and its salt. Hence, it acts to keep the hydronium ion concentration (and
the pH) almost constant by the addition of either a small amount of a strong acid or a strong base. If we add a base such as sodium
hydroxide, the hydroxide ions react with the few hydronium ions present. Then more of the acetic acid reacts with water, restoring
the hydronium ion concentration almost to its original value:

CH3C0,H(aq) + H,0(l) — H30*(ag) + CH3CO; (aq)

The pH changes very little. If we add an acid such as hydrochloric acid, most of the hydronium ions from the hydrochloric acid
combine with acetate ions, forming acetic acid molecules:

H3O+(aq) + CH3002_(aq) — CH;),COQH((IQ) + HgO(l)

Thus, there is very little increase in the concentration of the hydronium ion, and the pH remains practically unchanged (Figure
4.1.2).

https://chem.libretexts.org/@go/page/292082
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