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1.1: 2.5 The Structure of The Atom

Write and interpret symbols that depict the atomic number, mass number, and charge of an atom or ion
Define the atomic mass unit and average atomic mass
Calculate average atomic mass and isotopic abundance

The development of modern atomic theory revealed much about the inner structure of atoms. It was learned that an atom contains a
very small nucleus composed of positively charged protons and uncharged neutrons, surrounded by a much larger volume of space
containing negatively charged electrons. The nucleus contains the majority of an atom’s mass because protons and neutrons are
much heavier than electrons, whereas electrons occupy almost all of an atom’s volume. The diameter of an atom is on the order of
10  m, whereas the diameter of the nucleus is roughly 10  m—about 100,000 times smaller. For a perspective about their
relative sizes, consider this: If the nucleus were the size of a blueberry, the atom would be about the size of a football stadium
(Figure ).

Figure : If an atom could be expanded to the size of a football stadium, the nucleus would be the size of a single blueberry.
(credit middle: modification of work by “babyknight”/Wikimedia Commons; credit right: modification of work by Paxson
Woelber).
The diagram on the left shows a picture of an atom with a nucleus. The central figure shows a photograph of an American football
stadium. The figure on the right shows a photograph of a handful of blueberries.

Atoms—and the protons, neutrons, and electrons that compose them—are extremely small. For example, a carbon atom weighs
less than 2  10  g, and an electron has a charge of less than 2  10  C (coulomb). When describing the properties of tiny
objects such as atoms, we use appropriately small units of measure, such as the atomic mass unit (amu) and the fundamental unit of
charge (e). The amu was originally defined based on hydrogen, the lightest element, then later in terms of oxygen. Since 1961, it
has been defined with regard to the most abundant isotope of carbon, atoms of which are assigned masses of exactly 12 amu. (This
isotope is known as “carbon-12” as will be discussed later in this module.) Thus, one amu is exactly  of the mass of one
carbon-12 atom: 1 amu = 1.6605  10  g. (The Dalton (Da) and the unified atomic mass unit (u) are alternative units that are
equivalent to the amu.) The fundamental unit of charge (also called the elementary charge) equals the magnitude of the charge of an
electron (e) with e = 1.602  10  C.

A proton has a mass of 1.0073 amu and a charge of 1+. A neutron is a slightly heavier particle with a mass 1.0087 amu and a charge
of zero; as its name suggests, it is neutral. The electron has a charge of 1− and is a much lighter particle with a mass of about
0.00055 amu (it would take about 1800 electrons to equal the mass of one proton. The properties of these fundamental particles are
summarized in Table . (An observant student might notice that the sum of an atom’s subatomic particles does not equal the
atom’s actual mass: The total mass of six protons, six neutrons, and six electrons is 12.0993 amu, slightly larger than the 12.00 amu
of an actual carbon-12 atom. This “missing” mass is known as the mass defect, and you will learn about it in the chapter on nuclear
chemistry.)

Table : Properties of Subatomic Particles

 Learning Objectives

−10 −15

−23 −19

−24

−19

https://libretexts.org/
https://chem.libretexts.org/@go/page/211152?pdf
https://chem.libretexts.org/Courses/GalwayMayo_Institute_of_Technology/Chemistry_1.1_(GMIT)/01%3A_Atoms_and_Elements/1.01%3A_2.5_The_Structure_of_The_Atom


1.1.2 https://chem.libretexts.org/@go/page/211152

Name Location Charge (C) Unit Charge Mass (amu) Mass (g)

electron outside nucleus 1− 0.00055

proton nucleus 1+ 1.00727

neutron nucleus 0 0 1.00866

The number of protons in the nucleus of an atom is its atomic number ( ). This is the defining trait of an element: Its value
determines the identity of the atom. For example, any atom that contains six protons is the element carbon and has the atomic
number 6, regardless of how many neutrons or electrons it may have. A neutral atom must contain the same number of positive and
negative charges, so the number of protons equals the number of electrons. Therefore, the atomic number also indicates the number
of electrons in an atom. The total number of protons and neutrons in an atom is called its mass number (A). The number of
neutrons is therefore the difference between the mass number and the atomic number: A – Z = number of neutrons.

Atoms are electrically neutral if they contain the same number of positively charged protons and negatively charged electrons.
When the numbers of these subatomic particles are not equal, the atom is electrically charged and is called an ion. The charge of an
atom is defined as follows:

Atomic charge = number of protons − number of electrons

As will be discussed in more detail later in this chapter, atoms (and molecules) typically acquire charge by gaining or losing
electrons. An atom that gains one or more electrons will exhibit a negative charge and is called an anion. Positively charged atoms
called cations are formed when an atom loses one or more electrons. For example, a neutral sodium atom (Z = 11) has 11 electrons.
If this atom loses one electron, it will become a cation with a 1+ charge (11 − 10 = 1+). A neutral oxygen atom (Z = 8) has eight
electrons, and if it gains two electrons it will become an anion with a 2− charge (8 − 10 = 2−).

Iodine is an essential trace element in our diet; it is needed to produce thyroid hormone. Insufficient iodine in the diet can lead
to the development of a goiter, an enlargement of the thyroid gland (Figure ).

 Example : Composition of an Atom
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Figure : (a) Insufficient iodine in the diet can cause an enlargement of the thyroid gland called a goiter. (b) The addition of
small amounts of iodine to salt, which prevents the formation of goiters, has helped eliminate this concern in the US where salt
consumption is high. (credit a: modification of work by “Almazi”/Wikimedia Commons; credit b: modification of work by
Mike Mozart)
Figure A shows a photo of a person who has a very swollen thyroid in his or her neck. Figure B shows a photo of a canister of
Morton iodized salt.

The addition of small amounts of iodine to table salt (iodized salt) has essentially eliminated this health concern in the United
States, but as much as 40% of the world’s population is still at risk of iodine deficiency. The iodine atoms are added as anions,
and each has a 1− charge and a mass number of 127. Determine the numbers of protons, neutrons, and electrons in one of these
iodine anions.

Solution
The atomic number of iodine (53) tells us that a neutral iodine atom contains 53 protons in its nucleus and 53 electrons outside
its nucleus. Because the sum of the numbers of protons and neutrons equals the mass number, 127, the number of neutrons is
74 (127 − 53 = 74). Since the iodine is added as a 1− anion, the number of electrons is 54 [53 – (1–) = 54].

An ion of platinum has a mass number of 195 and contains 74 electrons. How many protons and neutrons does it contain, and
what is its charge?

Answer

78 protons; 117 neutrons; charge is 4+

Chemical Symbols

A chemical symbol is an abbreviation that we use to indicate an element or an atom of an element. For example, the symbol for
mercury is Hg (Figure ). We use the same symbol to indicate one atom of mercury (microscopic domain) or to label a container
of many atoms of the element mercury (macroscopic domain).

 Exercise 
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Figure : The symbol Hg represents the element mercury regardless of the amount; it could represent one atom of mercury or a
large amount of mercury. from Wikipedia (user: Materialscientist).

The symbols for several common elements and their atoms are listed in Table . Some symbols are derived from the common
name of the element; others are abbreviations of the name in another language. Symbols have one or two letters, for example, H for
hydrogen and Cl for chlorine. To avoid confusion with other notations, only the first letter of a symbol is capitalized. For example,
Co is the symbol for the element cobalt, but CO is the notation for the compound carbon monoxide, which contains atoms of the
elements carbon (C) and oxygen (O). All known elements and their symbols are in the periodic table.

Table : Some Common Elements and Their Symbols

Element Symbol Element Symbol

aluminum Al iron Fe (from ferrum)

bromine Br lead Pb (from plumbum)

calcium Ca magnesium Mg

carbon C mercury Hg (from hydrargyrum)

chlorine Cl nitrogen N

chromium Cr oxygen O

cobalt Co potassium K (from kalium)

copper Cu (from cuprum) silicon Si

fluorine F silver Ag (from argentum)

gold Au (from aurum) sodium Na (from natrium)

helium He sulfur S

hydrogen H tin Sn (from stannum)

iodine I zinc Zn

Traditionally, the discoverer (or discoverers) of a new element names the element. However, until the name is recognized by the
International Union of Pure and Applied Chemistry (IUPAC), the recommended name of the new element is based on the Latin
word(s) for its atomic number. For example, element 106 was called unnilhexium (Unh), element 107 was called unnilseptium
(Uns), and element 108 was called unniloctium (Uno) for several years. These elements are now named after scientists or locations;
for example, element 106 is now known as seaborgium (Sg) in honor of Glenn Seaborg, a Nobel Prize winner who was active in
the discovery of several heavy elements.
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Isotopes
The symbol for a specific isotope of any element is written by placing the mass number as a superscript to the left of the element
symbol (Figure ). The atomic number is sometimes written as a subscript preceding the symbol, but since this number defines
the element’s identity, as does its symbol, it is often omitted. For example, magnesium exists as a mixture of three isotopes, each
with an atomic number of 12 and with mass numbers of 24, 25, and 26, respectively. These isotopes can be identified as Mg,

Mg, and Mg. These isotope symbols are read as “element, mass number” and can be symbolized consistent with this reading.
For instance, Mg is read as “magnesium 24,” and can be written as “magnesium-24” or “Mg-24.” Mg is read as “magnesium
25,” and can be written as “magnesium-25” or “Mg-25.” All magnesium atoms have 12 protons in their nucleus. They differ only
because a Mg atom has 12 neutrons in its nucleus, a Mg atom has 13 neutrons, and a Mg has 14 neutrons.

Figure : The symbol for an atom indicates the element via its usual two-letter symbol, the mass number as a left superscript,
the atomic number as a left subscript (sometimes omitted), and the charge as a right superscript.
This diagram shows the symbol for helium, “H e.” The number to the upper left of the symbol is the mass number, which is 4. The
number to the upper right of the symbol is the charge which is positive 2. The number to the lower left of the symbol is the atomic
number, which is 2. This number is often omitted. Also shown is “M g” which stands for magnesium It has a mass number of 24, a
charge of positive 2, and an atomic number of 12.

Information about the naturally occurring isotopes of elements with atomic numbers 1 through 10 is given in Table . Note that
in addition to standard names and symbols, the isotopes of hydrogen are often referred to using common names and accompanying
symbols. Hydrogen-2, symbolized H, is also called deuterium and sometimes symbolized D. Hydrogen-3, symbolized H, is also
called tritium and sometimes symbolized T.

Table : Nuclear Compositions of Atoms of the Very Light Elements

24

25 26

24 25

24 25 26

2 3
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Element Symbol Atomic Number
Number of

Protons
Number of
Neutrons

Mass (amu)
% Natural
Abundance

hydrogen

(protium)
1 1 0 1.0078 99.989

(deuterium)
1 1 1 2.0141 0.0115

(tritium)
1 1 2 3.01605 — (trace)

helium
2 2 1 3.01603 0.00013

2 2 2 4.0026 100

lithium
3 3 3 6.0151 7.59

3 3 4 7.0160 92.41

beryllium 4 4 5 9.0122 100

boron
5 5 5 10.0129 19.9

5 5 6 11.0093 80.1

carbon

6 6 6 12.0000 98.89

6 6 7 13.0034 1.11

6 6 8 14.0032 — (trace)

nitrogen
7 7 7 14.0031 99.63

7 7 8 15.0001 0.37

oxygen

8 8 8 15.9949 99.757

8 8 9 16.9991 0.038

8 8 10 17.9992 0.205

fluorine 9 9 10 18.9984 100

neon

10 10 10 19.9924 90.48

10 10 11 20.9938 0.27

10 10 12 21.9914 9.25

 

Atomic Mass
Because each proton and each neutron contribute approximately one amu to the mass of an atom, and each electron contributes far
less, the atomic mass of a single atom is approximately equal to its mass number (a whole number). However, the average masses
of atoms of most elements are not whole numbers because most elements exist naturally as mixtures of two or more isotopes.

The mass of an element shown in a periodic table or listed in a table of atomic masses is a weighted, average mass of all the
isotopes present in a naturally occurring sample of that element. This is equal to the sum of each individual isotope’s mass
multiplied by its fractional abundance.
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For example, the element boron is composed of two isotopes: About 19.9% of all boron atoms are B with a mass of 10.0129 amu,
and the remaining 80.1% are B with a mass of 11.0093 amu. The average atomic mass for boron is calculated to be:

It is important to understand that no single boron atom weighs exactly 10.8 amu; 10.8 amu is the average mass of all boron atoms,
and individual boron atoms weigh either approximately 10 amu or 11 amu.

A meteorite found in central Indiana contains traces of the noble gas neon picked up from the solar wind during the meteorite’s
trip through the solar system. Analysis of a sample of the gas showed that it consisted of 91.84% Ne (mass 19.9924 amu),
0.47% Ne (mass 20.9940 amu), and 7.69% Ne (mass 21.9914 amu). What is the average mass of the neon in the solar
wind?

Solution

The average mass of a neon atom in the solar wind is 20.15 amu. (The average mass of a terrestrial neon atom is 20.1796 amu.
This result demonstrates that we may find slight differences in the natural abundance of isotopes, depending on their origin.)

A sample of magnesium is found to contain 78.70% of Mg atoms (mass 23.98 amu), 10.13% of Mg atoms (mass 24.99
amu), and 11.17% of Mg atoms (mass 25.98 amu). Calculate the average mass of a Mg atom.

Answer

24.31 amu

We can also do variations of this type of calculation, as shown in the next example.

Naturally occurring chlorine consists of Cl (mass 34.96885 amu) and Cl (mass 36.96590 amu), with an average mass of
35.453 amu. What is the percent composition of Cl in terms of these two isotopes?

Solution
The average mass of chlorine is the fraction that is Cl times the mass of Cl plus the fraction that is Cl times the mass of

Cl.

If we let x represent the fraction that is Cl, then the fraction that is Cl is represented by 1.00 − x.

(The fraction that is Cl + the fraction that is Cl must add up to 1, so the fraction of Cl must equal 1.00 − the fraction of
Cl.)

Substituting this into the average mass equation, we have:

10

11

 Example : Calculation of Average Atomic Mass

20

21 22

 Exercise 

24 25

26

 Example : Calculation of Percent Abundance

35 37

35 35 37

37

35 37

35 37 37

35

https://libretexts.org/
https://chem.libretexts.org/@go/page/211152?pdf


1.1.8 https://chem.libretexts.org/@go/page/211152

So solving yields: x = 0.7576, which means that 1.00 − 0.7576 = 0.2424. Therefore, chlorine consists of 75.76% Cl and
24.24% Cl.

Naturally occurring copper consists of Cu (mass 62.9296 amu) and Cu (mass 64.9278 amu), with an average mass of
63.546 amu. What is the percent composition of Cu in terms of these two isotopes?

Answer

69.15% Cu-63 and 30.85% Cu-65

Figure : Analysis of zirconium in a mass spectrometer produces a mass spectrum with peaks showing the different isotopes of
Zr.
The left diagram shows how a mass spectrometer works. The graph to the right of the spectrometer shows a mass spectrum of
zirconium. The relative abundance, as a percentage from 0 to 100, is graphed on the y axis, and the mass to charge ratio is graphed
on the x axis. The sample contains five different isomers of zirconium.

The occurrence and natural abundances of isotopes can be experimentally determined using an instrument called a mass
spectrometer. Mass spectrometry (MS) is widely used in chemistry, forensics, medicine, environmental science, and many other
fields to analyze and help identify the substances in a sample of material. In a typical mass spectrometer (Figure ), the sample
is vaporized and exposed to a high-energy electron beam that causes the sample’s atoms (or molecules) to become electrically
charged, typically by losing one or more electrons. These cations then pass through a (variable) electric or magnetic field that
deflects each cation’s path to an extent that depends on both its mass and charge (similar to how the path of a large steel ball
bearing rolling past a magnet is deflected to a lesser extent that that of a small steel BB). The ions are detected, and a plot of the
relative number of ions generated versus their mass-to-charge ratios (a mass spectrum) is made. The height of each vertical feature
or peak in a mass spectrum is proportional to the fraction of cations with the specified mass-to-charge ratio. Since its initial use
during the development of modern atomic theory, MS has evolved to become a powerful tool for chemical analysis in a wide range
of applications.

35

37

 Exercise 

63 65
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Video : Watch this video from the Royal Society for Chemistry for a brief description of the rudiments of mass spectrometry.

 

Summary

An atom consists of a small, positively charged nucleus surrounded by electrons. The nucleus contains protons and neutrons; its
diameter is about 100,000 times smaller than that of the atom. The mass of one atom is usually expressed in atomic mass units
(amu), which is referred to as the atomic mass. An amu is defined as exactly  of the mass of a carbon-12 atom and is equal to
1.6605  10  g.

Protons are relatively heavy particles with a charge of 1+ and a mass of 1.0073 amu. Neutrons are relatively heavy particles with no
charge and a mass of 1.0087 amu. Electrons are light particles with a charge of 1− and a mass of 0.00055 amu. The number of
protons in the nucleus is called the atomic number (Z) and is the property that defines an atom’s elemental identity. The sum of the
numbers of protons and neutrons in the nucleus is called the mass number and, expressed in amu, is approximately equal to the
mass of the atom. An atom is neutral when it contains equal numbers of electrons and protons.

Isotopes of an element are atoms with the same atomic number but different mass numbers; isotopes of an element, therefore, differ
from each other only in the number of neutrons within the nucleus. When a naturally occurring element is composed of several
isotopes, the atomic mass of the element represents the average of the masses of the isotopes involved. A chemical symbol
identifies the atoms in a substance using symbols, which are one-, two-, or three-letter abbreviations for the atoms.

Key Equations

Glossary

anion
negatively charged atom or molecule (contains more electrons than protons)

atomic mass
average mass of atoms of an element, expressed in amu

atomic mass unit (amu)

(also, unified atomic mass unit, u, or Dalton, Da) unit of mass equal to  of the mass of a C atom

atomic number (Z)
number of protons in the nucleus of an atom

cation
positively charged atom or molecule (contains fewer electrons than protons)

Mass Spectrometry MSMass Spectrometry MS

−24

12
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chemical symbol
one-, two-, or three-letter abbreviation used to represent an element or its atoms

Dalton (Da)
alternative unit equivalent to the atomic mass unit

fundamental unit of charge
(also called the elementary charge) equals the magnitude of the charge of an electron (e) with e = 1.602  10  C

ion
electrically charged atom or molecule (contains unequal numbers of protons and electrons)

mass number (A)
sum of the numbers of neutrons and protons in the nucleus of an atom

unified atomic mass unit (u)
alternative unit equivalent to the atomic mass unit

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).

 

1.1: 2.5 The Structure of The Atom is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

2.4: Atomic Structure and Symbolism by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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1.2: Protons, Neutrons, and Electrons in Atoms

1.2: Protons, Neutrons, and Electrons in Atoms is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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1.3: Finding Patterns - The Periodic Law and the Periodic Table

To become familiar with the organization of the periodic table.

Rutherford’s nuclear model of the atom helped explain why atoms of different elements exhibit different chemical behavior. The
identity of an element is defined by its atomic number (Z), the number of protons in the nucleus of an atom of the element. The
atomic number is therefore different for each element. The known elements are arranged in order of increasing Z in the periodic
table (Figure ). The rationale for the peculiar format of the periodic table is explained later. Each element is assigned a unique
one-, two-, or three-letter symbol. The names of the elements are listed in the periodic table, along with their symbols, atomic
numbers, and atomic masses. The chemistry of each element is determined by its number of protons and electrons. In a neutral
atom, the number of electrons equals the number of protons.

Figure : The Periodic Table Showing the Elements in Order of Increasing Z. The metals are on the bottom left in the periodic
table, and the nonmetals are at the top right. The semimetals lie along a diagonal line separating the metals and nonmetals. An
interactive Periodic table can be found Periodic Table of the Elements, LibreTexts. (CC-BY-SA-NC 3.0; Anonymous via
LibreTexts)

The elements are arranged in a periodic table, which is probably the single most important learning aid in chemistry. It summarizes
huge amounts of information about the elements in a way that facilitates the prediction of many of their properties and chemical
reactions. The elements are arranged in seven horizontal rows, in order of increasing atomic number from left to right and top to
bottom. The rows are called periods, and they are numbered from 1 to 7. The elements are stacked in such a way that elements with
similar chemical properties form vertical columns, called groups, numbered from 1 to 18 (older periodic tables use a system based
on roman numerals). Groups 1, 2, and 13–18 are the main group elements, listed as A in older tables. Groups 3–12 are in the middle
of the periodic table and are the transition elements, listed as B in older tables. The two rows of 14 elements at the bottom of the
periodic table are the lanthanides and the actinides, whose positions in the periodic table are indicated in group 3.

Metals, Nonmetals, and Semimetals
The heavy orange zigzag line running diagonally from the upper left to the lower right through groups 13–16 in Figure  divides
the elements into metals (in blue, below and to the left of the line) and nonmetals (in bronze, above and to the right of the line).

 Learning Objectives
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Gold-colored lements that lie along the diagonal line exhibit properties intermediate between metals and nonmetals; they are called
semimetals.

The distinction between metals and nonmetals is one of the most fundamental in chemistry. Metals—such as copper or gold—are
good conductors of electricity and heat; they can be pulled into wires because they are ductile; they can be hammered or pressed
into thin sheets or foils because they are malleable; and most have a shiny appearance, so they are lustrous. The vast majority of the
known elements are metals. Of the metals, only mercury is a liquid at room temperature and pressure; all the rest are solids.

Nonmetals, in contrast, are generally poor conductors of heat and electricity and are not lustrous. Nonmetals can be gases (such as
chlorine), liquids (such as bromine), or solids (such as iodine) at room temperature and pressure. Most solid nonmetals are brittle,
so they break into small pieces when hit with a hammer or pulled into a wire. As expected, semimetals exhibit properties
intermediate between metals and nonmetals.

Based on its position in the periodic table, do you expect selenium to be a metal, a nonmetal, or a semimetal?

Given: element

Asked for: classification

Strategy:

Find selenium in the periodic table shown in Figure  and then classify the element according to its location.

Solution:

The atomic number of selenium is 34, which places it in period 4 and group 16. In Figure , selenium lies above and to the
right of the diagonal line marking the boundary between metals and nonmetals, so it should be a nonmetal. Note, however, that
because selenium is close to the metal-nonmetal dividing line, it would not be surprising if selenium were similar to a
semimetal in some of its properties.

Based on its location in the periodic table, do you expect indium to be a nonmetal, a metal, or a semimetal?

Answer

metal

As previously noted, the periodic table is arranged so that elements with similar chemical behaviors are in the same group.
Chemists often make general statements about the properties of the elements in a group using descriptive names with historical
origins. For example, the elements of Group 1 are known as the alkali metals, Group 2 are the alkaline earth metals, Group 17 are
the halogens, and Group 18 are the noble gases.

Group 1: The Alkali Metals

The alkali metals are lithium, sodium, potassium, rubidium, cesium, and francium. Hydrogen is unique in that it is generally placed
in Group 1, but it is not a metal. The compounds of the alkali metals are common in nature and daily life. One example is table salt
(sodium chloride); lithium compounds are used in greases, in batteries, and as drugs to treat patients who exhibit manic-depressive,
or bipolar, behavior. Although lithium, rubidium, and cesium are relatively rare in nature, and francium is so unstable and highly
radioactive that it exists in only trace amounts, sodium and potassium are the seventh and eighth most abundant elements in Earth’s
crust, respectively.

Group 2: The Alkaline Earth Metals

The alkaline earth metals are beryllium, magnesium, calcium, strontium, barium, and radium. Beryllium, strontium, and barium are
rare, and radium is unstable and highly radioactive. In contrast, calcium and magnesium are the fifth and sixth most abundant
elements on Earth, respectively; they are found in huge deposits of limestone and other minerals.

 Example : Classifying Elements

 Exercise 
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Group 17: The Halogens

The halogens are fluorine, chlorine, bromine, iodine, and astatine. The name halogen is derived from the Greek words for “salt
forming,” which reflects that all the halogens react readily with metals to form compounds, such as sodium chloride and calcium
chloride (used in some areas as road salt).

Compounds that contain the fluoride ion are added to toothpaste and the water supply to prevent dental cavities. Fluorine is also
found in Teflon coatings on kitchen utensils. Although chlorofluorocarbon propellants and refrigerants are believed to lead to the
depletion of Earth’s ozone layer and contain both fluorine and chlorine, the latter is responsible for the adverse effect on the ozone
layer. Bromine and iodine are less abundant than chlorine, and astatine is so radioactive that it exists in only negligible amounts in
nature.

Group 18: The Noble Gases

The noble gases are helium, neon, argon, krypton, xenon, and radon. Because the noble gases are composed of only single atoms,
they are called monatomic. At room temperature and pressure, they are unreactive gases. Because of their lack of reactivity, for
many years they were called inert gases or rare gases. However, the first chemical compounds containing the noble gases were
prepared in 1962. Although the noble gases are relatively minor constituents of the atmosphere, natural gas contains substantial
amounts of helium. Because of its low reactivity, argon is often used as an unreactive (inert) atmosphere for welding and in light
bulbs. The red light emitted by neon in a gas discharge tube is used in neon lights.

The noble gases are unreactive at room temperature and pressure.

Summary
The periodic table is used as a predictive tool. It arranges of the elements in order of increasing atomic number. Elements that
exhibit similar chemistry appear in vertical columns called groups (numbered 1–18 from left to right); the seven horizontal rows
are called periods. Some of the groups have widely-used common names, including the alkali metals (Group 1) and the alkaline
earth metals (Group 2) on the far left, and the halogens (Group 17) and the noble gases (Group 18) on the far right. The elements
can be broadly divided into metals, nonmetals, and semimetals. Semimetals exhibit properties intermediate between those of metals
and nonmetals. Metals are located on the left of the periodic table, and nonmetals are located on the upper right. They are separated
by a diagonal band of semimetals. Metals are lustrous, good conductors of electricity, and readily shaped (they are ductile and
malleable), whereas solid nonmetals are generally brittle and poor electrical conductors. Other important groupings of elements in
the periodic table are the main group elements, the transition metals, the lanthanides, and the actinides.

1.3: Finding Patterns - The Periodic Law and the Periodic Table is shared under a not declared license and was authored, remixed, and/or curated
by LibreTexts.

2.5: The Periodic Table is licensed CC BY-NC-SA 3.0.
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1.4: The Average Mass of an Element’s Atoms

to know the meaning of isotopes and atomic masses.

Atomic and Molecular Weights
The subscripts in chemical formulas, and the coefficients in chemical equations represent exact quantities. , for example,
indicates that a water molecule comprises exactly two atoms of hydrogen and one atom of oxygen. The following equation:

not only tells us that propane reacts with oxygen to produce carbon dioxide and water, but that 1 molecule of propane reacts with 5
molecules of oxygen to produce 3 molecules of carbon dioxide and 4 molecules of water. Since counting individual atoms or
molecules is a little difficult, quantitative aspects of chemistry rely on knowing the masses of the compounds involved.

Atoms of different elements have different masses. Early work on the separation of water into its constituent elements (hydrogen
and oxygen) indicated that 100 grams of water contained 11.1 grams of hydrogen and 88.9 grams of oxygen:

Later, scientists discovered that water was composed of two atoms of hydrogen for each atom of oxygen. Therefore, in the above
analysis, in the 11.1 grams of hydrogen there were twice as many atoms as in the 88.9 grams of oxygen. Therefore, an oxygen atom
must weigh about 16 times as much as a hydrogen atom:

Hydrogen, the lightest element, was assigned a relative mass of '1', and the other elements were assigned 'atomic masses' relative to
this value for hydrogen. Thus, oxygen was assigned an atomic mass of 16. We now know that a hydrogen atom has a mass of
1.6735 x 10  grams, and that the oxygen atom has a mass of 2.6561 X 10  grams. As we saw earlier, it is convenient to use a
reference unit when dealing with such small numbers: the atomic mass unit. The atomic mass unit (amu) was not standardized
against hydrogen, but rather, against the C isotope of carbon (amu = 12).

Thus, the mass of the hydrogen atom ( H) is 1.0080 amu, and the mass of an oxygen atom ( O) is 15.995 amu. Once the masses
of atoms were determined, the amu could be assigned an actual value:

1 amu = 1.66054 x 10  grams conversely: 1 gram = 6.02214 x 10  amu

Mass Numbers and Atomic Mass of Elements: Mass Numbers and Atomic Mass of Elements, YouTube(opens in new window)
[youtu.be]

 Learning Objectives
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Average Atomic Mass
Although the masses of the electron, the proton, and the neutron are known to a high degree of precision (Table 2.3.1), the mass of
any given atom is not simply the sum of the masses of its electrons, protons, and neutrons. For example, the ratio of the masses of
H (hydrogen) and H (deuterium) is actually 0.500384, rather than 0.49979 as predicted from the numbers of neutrons and protons

present. Although the difference in mass is small, it is extremely important because it is the source of the huge amounts of energy
released in nuclear reactions.

Because atoms are much too small to measure individually and do not have charges, there is no convenient way to accurately
measure absolute atomic masses. Scientists can measure relative atomic masses very accurately, however, using an instrument
called a mass spectrometer. The technique is conceptually similar to the one Thomson used to determine the mass-to-charge ratio of
the electron. First, electrons are removed from or added to atoms or molecules, thus producing charged particles called ions. When
an electric field is applied, the ions are accelerated into a separate chamber where they are deflected from their initial trajectory by
a magnetic field, like the electrons in Thomson’s experiment. The extent of the deflection depends on the mass-to-charge ratio of
the ion. By measuring the relative deflection of ions that have the same charge, scientists can determine their relative masses
(Figure ). Thus it is not possible to calculate absolute atomic masses accurately by simply adding together the masses of the
electrons, the protons, and the neutrons, and absolute atomic masses cannot be measured, but relative masses can be measured very
accurately. It is actually rather common in chemistry to encounter a quantity whose magnitude can be measured only relative to
some other quantity, rather than absolutely. We will encounter many other examples later in this text. In such cases, chemists
usually define a standard by arbitrarily assigning a numerical value to one of the quantities, which allows them to calculate
numerical values for the rest.

Figure : Determining Relative Atomic Masses Using a Mass Spectrometer. Chlorine consists of two isotopes,  and , in
approximately a 3:1 ratio. (a) When a sample of elemental chlorine is injected into the mass spectrometer, electrical energy is used
to dissociate the Cl  molecules into chlorine atoms and convert the chlorine atoms to Cl  ions. The ions are then accelerated into a
magnetic field. The extent to which the ions are deflected by the magnetic field depends on their relative mass-to-charge ratios.
Note that the lighter Cl  ions are deflected more than the heavier Cl  ions. By measuring the relative deflections of the ions,
chemists can determine their mass-to-charge ratios and thus their masses. (b) Each peak in the mass spectrum corresponds to an ion
with a particular mass-to-charge ratio. The abundance of the two isotopes can be determined from the heights of the peaks.

A: Diagram of a mass spectrometer, showing analysis of gaseous chlorine. B: Mass spectrum of chlorine.

The arbitrary standard that has been established for describing atomic mass is the atomic mass unit (amu or u), defined as one-
twelfth of the mass of one atom of C. Because the masses of all other atoms are calculated relative to the C standard, C is the
only atom listed in Table 2.3.2 whose exact atomic mass is equal to the mass number. Experiments have shown that 1 amu = 1.66 ×
10  g.

Mass spectrometric experiments give a value of 0.167842 for the ratio of the mass of H to the mass of C, so the absolute mass
of H is

The masses of the other elements are determined in a similar way.
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The periodic table lists the atomic masses of all the elements. Comparing these values with those given for some of the isotopes in
Table 2.3.2 reveals that the atomic masses given in the periodic table never correspond exactly to those of any of the isotopes.
Because most elements exist as mixtures of several stable isotopes, the atomic mass of an element is defined as the weighted
average of the masses of the isotopes. For example, naturally occurring carbon is largely a mixture of two isotopes: 98.89% C
(mass = 12 amu by definition) and 1.11% C (mass = 13.003355 amu). The percent abundance of C is so low that it can be
ignored in this calculation. The average atomic mass of carbon is then calculated as follows:

Carbon is predominantly C, so its average atomic mass should be close to 12 amu, which is in agreement with this calculation.

The value of 12.01 is shown under the symbol for C in the periodic table, although without the abbreviation amu, which is
customarily omitted. Thus the tabulated atomic mass of carbon or any other element is the weighted average of the masses of the
naturally occurring isotopes.

Naturally occurring bromine consists of the two isotopes listed in the following table:

Solutions to Example 2.4.1

Isotope Exact Mass (amu) Percent Abundance (%)

Br 78.9183 50.69

Br 80.9163 49.31

Calculate the atomic mass of bromine.

Given: exact mass and percent abundance

Asked for: atomic mass

Strategy:

A. Convert the percent abundances to decimal form to obtain the mass fraction of each isotope.
B. Multiply the exact mass of each isotope by its corresponding mass fraction (percent abundance ÷ 100) to obtain its

weighted mass.
C. Add together the weighted masses to obtain the atomic mass of the element.
D. Check to make sure that your answer makes sense.

Solution:

A The atomic mass is the weighted average of the masses of the isotopes. In general, we can write

atomic mass of element = [(mass of isotope 1 in amu) (mass fraction of isotope 1)] + [(mass of isotope 2) (mass fraction of
isotope 2)] + …

Bromine has only two isotopes. Converting the percent abundances to mass fractions gives

B Multiplying the exact mass of each isotope by the corresponding mass fraction gives the isotope’s weighted mass:

C The sum of the weighted masses is the atomic mass of bromine is

40.00 amu + 39.90 amu = 79.90 amu

12

13 14

12

 Example : Bromine
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D This value is about halfway between the masses of the two isotopes, which is expected because the percent abundance of
each is approximately 50%.

Magnesium has the three isotopes listed in the following table:

Solutions to Example 2.4.1

Isotope Exact Mass (amu) Percent Abundance (%)

Mg 23.98504 78.70

Mg 24.98584 10.13

Mg 25.98259 11.17

Use these data to calculate the atomic mass of magnesium.

Answer

24.31 amu

Finding the Averaged Atomic Weight of an Element: Finding the Averaged Atomic Weight of an Element(opens in new window)
[youtu.be]

Summary
The mass of an atom is a weighted average that is largely determined by the number of its protons and neutrons, whereas the
number of protons and electrons determines its charge. Each atom of an element contains the same number of protons, known as
the atomic number (Z). Neutral atoms have the same number of electrons and protons. Atoms of an element that contain different
numbers of neutrons are called isotopes. Each isotope of a given element has the same atomic number but a different mass number
(A), which is the sum of the numbers of protons and neutrons. The relative masses of atoms are reported using the atomic mass unit
(amu), which is defined as one-twelfth of the mass of one atom of carbon-12, with 6 protons, 6 neutrons, and 6 electrons. The
atomic mass of an element is the weighted average of the masses of the naturally occurring isotopes. When one or more electrons
are added to or removed from an atom or molecule, a charged particle called an ion is produced, whose charge is indicated by a
superscript after the symbol.

1.4: The Average Mass of an Element’s Atoms is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

2.4: Atomic Mass is licensed CC BY-NC-SA 3.0.

 Exercise 
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1.5: Molar Mass - Counting Atoms by Weighing Them

Make sure you thoroughly understand the following essential ideas:

Define Avogadro's number and explain why it is important to know.
Define the mole. Be able to calculate the number of moles in a given mass of a substance, or the mass corresponding to a
given number of moles.
Define molecular weight, formula weight, and molar mass; explain how the latter differs from the first two.
Be able to find the number of atoms or molecules in a given weight of a substance.
Find the molar volume of a solid or liquid, given its density and molar mass.
Explain how the molar volume of a metallic solid can lead to an estimate of atomic diameter.

The chemical changes we observe always involve discrete numbers of atoms that rearrange themselves into new configurations.
These numbers are HUGE— far too large in magnitude for us to count or even visualize, but they are still numbers, and we need to
have a way to deal with them. We also need a bridge between these numbers, which we are unable to measure directly, and the
weights of substances, which we do measure and observe. The mole concept provides this bridge, and is central to all of
quantitative chemistry.

Counting Atoms: Avogadro's Number
Owing to their tiny size, atoms and molecules cannot be counted by direct observation. But much as we do when "counting" beans
in a jar, we can estimate the number of particles in a sample of an element or compound if we have some idea of the volume
occupied by each particle and the volume of the container. Once this has been done, we know the number of formula units (to use
the most general term for any combination of atoms we wish to define) in any arbitrary weight of the substance. The number will of
course depend both on the formula of the substance and on the weight of the sample. However, if we consider a weight of
substance that is the same as its formula (molecular) weight expressed in grams, we have only one number to know: Avogadro's
number.

Avogadro's number is known to ten significant digits:

However, you only need to know it to three significant figures:

So  of what? Well, of anything you like: apples, stars in the sky, burritos. However, the only practical use for  is to
have a more convenient way of expressing the huge numbers of the tiny particles such as atoms or molecules that we deal with in
chemistry. Avogadro's number is a collective number, just like a dozen. Students can think of  as the "chemist's dozen".

Before getting into the use of Avogadro's number in problems, take a moment to convince yourself of the reasoning embodied in
the following examples.

The atomic weights of oxygen and carbon are 16.0 and 12.0 atomic mass units ( ), respectively. How much heavier is the
oxygen atom in relation to carbon?

Solution
Atomic weights represent the relative masses of different kinds of atoms. This means that the atom of oxygen has a mass that is

 Learning Objectives

Avogadro's number

 Example : Mass ratio from atomic weights
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as great as the mass of a carbon atom.

The absolute mass of a carbon atom is 12.0 unified atomic mass units ( ). How many grams will a single oxygen atom weigh?

Solution
The absolute mass of a carbon atom is 12.0  or

The mass of the oxygen atom will be 4/3 greater (from Example ):

Alternatively we can do the calculation directly like with carbon:

Suppose that we have  carbon atoms, where  is a number large enough to give us a pile of carbon atoms whose mass is 12.0
grams. How much would the same number, , of oxygen atoms weigh?

Solution
We use the results from Example  again. The collection of  oxygen atoms would have a mass of

What is the numerical value of  in Example ?

Answer

Using the results of Examples  and .

or

There are a lot of atoms in 12 g of carbon.

It is a number, just as is "dozen", and thus is dimensionless.
It is a huge number, far greater in magnitude than we can visualize
Its practical use is limited to counting tiny things like atoms, molecules, "formula units", electrons, or photons.
The value of N  can be known only to the precision that the number of atoms in a measurable weight of a substance can be
estimated. Because large numbers of atoms cannot be counted directly, a variety of ingenious indirect measurements have been
made involving such things as Brownian motion and X-ray scattering.

 Example : Mass of a single atom

 Example : Relative masses from atomic weights

 Exercise 

Things to understand about Avogadro's number

A
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The current value was determined by measuring the distances between the atoms of silicon in an ultrapure crystal of this
element that was shaped into a perfect sphere. (The measurement was made by X-ray scattering.) When combined with the
measured mass of this sphere, it yields Avogadro's number. However, there are two problems with this:

The silicon sphere is an artifact, rather than being something that occurs in nature, and thus may not be perfectly
reproducible.
The standard of mass, the kilogram, is not precisely known, and its value appears to be changing. For these reasons, there
are proposals to revise the definitions of both N  and the kilogram.

Moles and their Uses
The mole (abbreviated mol) is the the SI measure of quantity of a "chemical entity", which can be an atom, molecule, formula unit,
electron or photon. One mole of anything is just Avogadro's number of that something. Or, if you think like a lawyer, you might
prefer the official SI definition:

The mole is the amount of substance of a system which contains as many elementary entities as there are atoms in 0.012
kilogram of carbon 12

Avogadro's number (Equation ) like any pure number, is dimensionless. However, it also defines the mole, so we can also
express N  as 6.02 × 10  mol ; in this form, it is properly known as Avogadro's constant. This construction emphasizes the role
of Avogadro's number as a conversion factor between number of moles and number of "entities".

How many moles of nickel atoms are there in 80 nickel atoms?

Solution

Is this answer reasonable? Yes, because 80 is an extremely small fraction of .

Molar Mass

The atomic weight, molecular weight, or formula weight of one mole of the fundamental units (atoms, molecules, or groups of
atoms that correspond to the formula of a pure substance) is the ratio of its mass to 1/12 the mass of one mole of C  atoms, and
being a ratio, is dimensionless. But at the same time, this molar mass (as many now prefer to call it) is also the observable mass of
one mole (N ) of the substance, so we frequently emphasize this by stating it explicitly as so many grams (or kilograms) per mole:
g mol .

It is important always to bear in mind that the mole is a number and not a mass. But each
individual particle has a mass of its own, so a mole of any specific substance will always
correspond to a certain mass of that substance.

Borax is the common name of sodium tetraborate, .

a. how many moles of boron are present in 20.0 g of borax?
b. how many grams of boron are present in 20.0 g of borax?

Solution
The formula weight of  so the molecular weight is:

A

 Definition: The Mole

A
23 –1

 Example : number of moles in N particles

12

A
–1

 Example : Boron content of borax
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a. 20 g of borax contains (20.0 g) ÷ (201 g mol ) = 0.10 mol of borax, and thus 0.40 mol of B.
b. 0.40 mol of boron has a mass of (0.40 mol) × (10.8 g mol ) = 4.3 g.

The plant photosynthetic pigment chlorophyll contains 2.68 percent magnesium by weight. How many atoms of Mg will there
be in 1.00 g of chlorophyll?

Solution
Each gram of chlorophyll contains 0.0268 g of Mg, atomic weight 24.3.

Number of moles in this weight of Mg: (.0268 g) / (24.2 g mol ) = 0.00110 mol
Number of atoms: (0.00110 mol) × (6.02E23 mol ) = 

Is this answer reasonable? (Always be suspicious of huge-number answers!) Yes, because we would expect to have huge
numbers of atoms in any observable quantity of a substance.

Molar Volume

This is the volume occupied by one mole of a pure substance. Molar volume depends on the density of a substance and, like
density, varies with temperature owing to thermal expansion, and also with the pressure. For solids and liquids, these variables
ordinarily have little practical effect, so the values quoted for 1 atm pressure and 25°C are generally useful over a fairly wide range
of conditions. This is definitely not the case with gases, whose molar volumes must be calculated for a specific temperature and
pressure.

Methanol, CH OH, is a liquid having a density of 0.79 g per milliliter. Calculate the molar volume of methanol.

Solution
The molar volume will be the volume occupied by one molar mass (32 g) of the liquid. Expressing the density in liters instead
of mL, we have

The molar volume of a metallic element allows one to estimate the size of the atom. The idea is to mentally divide a piece of the
metal into as many little cubic boxes as there are atoms, and then calculate the length of each box. Assuming that an atom sits in the
center of each box and that each atom is in direct contact with its six neighbors (two along each dimension), this gives the diameter
of the atom. The manner in which atoms pack together in actual metallic crystals is usually more complicated than this and it varies
from metal to metal, so this calculation only provides an approximate value.

The density of metallic strontium is 2.60 g cm . Use this value to estimate the radius of the atom of Sr, whose atomic weight
is 87.6.

–1

–1

 Example : Magnesium in chlorophyll

–1

–1

 Example : Molar Volume of a Liquid

3

 Example : Radius of a Strontium Atom

–3
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Solution
The molar volume of Sr is:

The volume of each "box" is"

The side length of each box will be the cube root of this value, . The atomic radius will be half this value, or

Note: Your calculator probably has no cube root button, but you are expected to be able to find cube roots; you can usually use
the x  button with y=0.333. You should also be able estimate the magnitude of this value for checking. The easiest way is to
express the number so that the exponent is a multiple of 3. Take , for example. Since 3 =27 and 4  = 64, you know
that the cube root of 55 will be between 3 and 4, so the cube root should be a bit less than 4 × 10 .

So how good is our atomic radius? Standard tables give the atomic radius of strontium is in the range 192-220 pm.

1.5: Molar Mass - Counting Atoms by Weighing Them is shared under a not declared license and was authored, remixed, and/or curated by
LibreTexts.

4.2: Avogadro's Number and the Mole by Stephen Lower is licensed CC BY 3.0. Original source:
http://www.chem1.com/acad/webtext/virtualtextbook.html.
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2.1: Chemical Bonds
Chemical bonds form when electrons can be simultaneously close to two or more nuclei, but beyond this, there is no simple, easily
understood theory that would not only explain why atoms bind together to form molecules, but would also predict the three-
dimensional structures of the resulting compounds as well as the energies and other properties of the bonds themselves.
Unfortunately, no one theory exists that accomplishes these goals in a satisfactory way for all of the many categories of compounds
that are known. Moreover, it seems likely that if such a theory does ever come into being, it will be far from simple.

When we are faced with a scientific problem of this complexity, experience has shown that it is often more useful to concentrate
instead on developing models. A scientific model is something like a theory in that it should be able to explain observed
phenomena and to make useful predictions. But whereas a theory can be discredited by a single contradictory case, a model can be
useful even if it does not encompass all instances of the phenomena it attempts to explain. We do not even require that a model be a
credible representation of reality; all we ask is that be able to explain the behavior of those cases to which it is applicable in terms
that are consistent with the model itself. An example of a model that you may already know about is the kinetic molecular theory of
gases. Despite its name, this is really a model (at least at the level that beginning students use it) because it does not even try to
explain the observed behavior of real gases. Nevertheless, it serves as a tool for developing our understanding of gases, and as a
starting point for more elaborate treatments.

Given the extraordinary variety of ways in which atoms combine into aggregates, it should come as no surprise that a number of
useful bonding models have been developed. Most of them apply only to certain classes of compounds, or attempt to explain only a
restricted range of phenomena. In this section we will provide brief descriptions of some of the bonding models; the more
important of these will be treated in much more detail in later parts of this chapter.

Ionic Bonding

Ever since the discovery early in the 19th century that solutions of salts and other electrolytes conduct electric current, there has
been general agreement that the forces that hold atoms together must be electrical in nature. Electrolytic solutions contain ions
having opposite electrical charges, opposite charges attract, so perhaps the substances from which these ions come consist of
positive and negatively charged atoms held together by electrostatic attraction.

It turns out that this is not true generally, but a model built on this assumption does a fairly good job of explaining a rather small
but important class of compounds that are called ionic solids. The most well known example of such a compound is sodium
chloride, which consists of two interpenetrating lattices of Na  and Cl  ions arranged in such as way that every ion of one type is
surrounded (in three dimensional space) by six ions of opposite charge.

The main limitation of this model is that it applies really well only to the small class of solids composed of Group 1 and 2 elements
with highly electronegative elements such as the halogens. Although compounds such as CuCl  dissociate into ions when they
dissolve in water, the fundamental units making up the solid are more like polymeric chains of covalently-bound CuCl  molecules
that have little ionic character.

According to the ionic electrostatic model, solids such as NaCl consist of positive and negative ions arranged in a crystal lattice.
Each ion is attracted to neighboring ions of opposite charge, and is repelled by ions of like charge; this combination of attractions
and repulsions, acting in all directions, causes the ion to be tightly fixed in its own location in the crystal lattice.

Since electrostatic forces are nondirectional, the structure of an ionic solid is determined purely by geometry: two kinds of ions,
each with its own radius, will fall into whatever repeating pattern will achieve the lowest possible potential energy. Surprisingly,
there are only a small number of possible structures
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Covalent Bonding
This model originated with the theory developed by G.N. Lewis in 1916, and it remains the most widely-used model of chemical
bonding. The essential element s of this model can best be understood by examining the simplest possible molecule. This is the
hydrogen molecule ion H , which consists of two nuclei and one electron.

First, however, think what would happen if we tried to make the even simpler molecule H . Since this would consist only of two
protons whose electrostatic charges would repel each other at all distances, it is clear that such a molecule cannot exist; something
more than two nuclei are required for bonding to occur.

In the hydrogen molecule ion H  we have a third particle, an electron. The effect of this electron will depend on its location with
respect to the two nuclei. If the electron is in the space between the two nuclei, it will attract both protons toward itself, and thus
toward each other. If the total attraction energy exceeds the internuclear repulsion, there will be a net bonding effect and the
molecule will be stable. If, on the other hand, the electron is off to one side, it will attract both nuclei, but it will attract the closer
one much more strongly, owing to the inverse-square nature of Coulomb's law. As a consequence, the electron will now help the
electrostatic repulsion to push the two nuclei apart.

We see, then, that the electron is an essential component of a chemical bond, but that it must be in the right place: between the two
nuclei. Coulomb's law can be used to calculate the forces experienced by the two nuclei for various positions of the electron. This
allows us to define two regions of space about the nuclei, as shown in the figure. One region, the binding region, depicts locations
at which the electron exerts a net binding effect on the new nuclei. Outside of this, in the antibinding region, the electron will
actually work against binding.

This simple picture illustrates the number one rule of chemical bonding: chemical bonds form when electrons can be
simultaneously close to two or more nuclei. It should be pointed out that this principle applies also to the ionic model; as will be
explained later in this chapter, the electron that is "lost" by a positive ion ends up being closer to more nuclei (including the one
from whose electron cloud it came) in the compound.

The polar covalent model: A purely covalent bond can only be guaranteed when the electronegativities (electron-attracting
powers) of the two atoms are identical. When atoms having different electronegativities are joined, the electrons shared between
them will be displaced toward the more electronegative atom, conferring a polarity on the bond which can be described in terms
of percent ionic character. The polar covalent model is thus an generalization of covalent bonding to include a very wide range
of behavior.
The Coulombic model: This is an extension of the ionic model to compounds that are ordinarily considered to be non-ionic.
Combined hydrogen is always considered to exist as the hydride ion H , so that methane can be treated as if it were C  H .
This is not as bizarre as it might seem at first if you recall that the proton has almost no significant size, so that it is essentially
embedded in an electron pair when it is joined to another atom in a covalent bond. This model, which is not as well known as it
deserves to be, has considerable predictive power, both as to bond energies and structures.
The VSEPR model: The "valence shell electron repulsion" model is not so much a model of chemical bonding as a scheme for
explaining the shapes of molecules. It is based on the quantum mechanical view that bonds represent electron clouds- physical
regions of negative electric charge that repel each other and thus try to stay as far apart as possible.

Summary

The covalent bond is formed when two atoms are able to share electrons:

whereas the ionic bond is formed when the "sharing" is so unequal that an electron from atom A is completely lost to atom B,
resulting in a pair of ions:

The two extremes of electron sharing represented by the covalent and ionic models appear to be generally consistent with the
observed properties of molecular and ionic solids and liquids. But does this mean that there are really two kinds of chemical bonds,
ionic and covalent?
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2.2: Representing Compounds- Chemical Formulas and Molecular Models
Chemistry is the experimental and theoretical study of materials on their properties at both the macroscopic and microscopic levels.
Understanding the relationship between properties and structures/bonding is also a hot pursuit. Chemistry is traditionally divided
into organic and inorganic chemistry. The former is the study of compounds containing at least one carbon-hydrogen bonds. By
default, the chemical study of all other substances is called inorganic chemistry, a less well defined subject.

However, the boundary between organic and inorganic compounds is not always well defined. For example, oxalic acid, H C O , is
a compound formed in plants, and it is generally considered an organic acid, but it does not contain any C-H bond. Inorganic
chemistry is also closely related to other disciplines such as materials sciences, physical chemistry, thermodynamics, earth sciences,
mineralogy, crystallography, spectroscopy etc.

A chemical formula is a format used to express the structure of atoms. The formula tells which elements and how many of each
element are present in a compound. Formulas are written using the elemental symbol of each atom and a subscript to denote the
number of elements. This notation can be accredited to Swedish chemist Jons Jakob Berzeliu. The most common elements present
in organic compounds are carbon, hydrogen, oxygen, and nitrogen. With carbon and hydrogen present, other elements, such as
phosphorous, sulfur, silicon, and the halogens, may exist in organic compounds. Compounds that do not pertain to this rule are
called inorganic compounds.

Molecular Geometry and Structural Formula
Understanding how atoms in a molecules are arranged and how they are bonded together is very important in giving the molecule
its identity. Isomers are compounds in which two molecules can have the same number of atoms, and thus the same molecular
formula, but can have completely different physical and chemical properties because of differences in structural formula.

 

Methylpropane and butane have the same molecular formula of C H , but are structurally different (methylpropane on the left,
butane on the right).

Polymers

A polymer is formed when small molecules of identical structure, monomers, combine into a large cluster. The monomers are
joined together by covalent bonds. When monomers repeat and bind, they form a polymer. While they can be comprised of natural
or synthetic molecules, polymers often include plastics and rubber. When a molecule has more than one of these polymers, square
parenthesis are used to show that all the elements within the polymer are multiplied by the subscript outside of the parenthesis. The
subscript (shown as n in the example below) denotes the number of monomers present in the macromolecule (or polymer).

Ethylene becomes the polymer polyethylene.

Molecular Formula

The molecular formula is based on the actual makeup of the compound. Although the molecular formula can sometimes be the
same as the empirical formula, molecular compounds tend to be more helpful. However, they do not describe how the atoms are
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put together. Molecular compounds are also misleading when dealing with isomers, which have the same number and types of
atoms (see above in molecular geometry and structural formula).

Ex. Molecular Formula for Ethanol: C H O.

Empirical Formula

An empirical formula shows the most basic form of a compound. Empirical formulas show the number of atoms of each element in
a compound in the most simplified state using whole numbers. Empirical formulas tend to tell us very little about a compound
because one cannot determine the structure, shape, or properties of the compound without knowing the molecular formula.
Usefulness of the empirical formula is decreased because many chemical compounds can have the same empirical formula.

Ex. Find the empirical formula for C H O
Answer: C H O (divide all subscripts by 2 to get the smallest, whole number ratio).

Structural Formula

A structural formula displays the atoms of the molecule in the order they are bonded. It also depicts how the atoms are bonded to
one another, for example single, double, and triple covalent bond. Covalent bonds are shown using lines. The number of dashes
indicate whether the bond is a single, double, or triple covalent bond. Structural formulas are helpful because they explain the
properties and structure of the compound which empirical and molecular formulas cannot always represent.

Ex. Structural Formula for Ethanol: 

Condensed Structural Formula

Condensed structural formulas show the order of atoms like a structural formula but are written in a single line to save space and
make it more convenient and faster to write out. Condensed structural formulas are also helpful when showing that a group of
atoms is connected to a single atom in a compound. When this happens, parenthesis are used around the group of atoms to show
they are together.

Ex. Condensed Structural Formula for Ethanol: CH CH OH (Molecular Formula for Ethanol C H O).

Line-Angle Formula

Because organic compounds can be complex at times, line-angle formulas are used to write carbon and hydrogen atoms more
efficiently by replacing the letters with lines. A carbon atom is present wherever a line intersects another line. Hydrogen atoms are
then assumed to complete each of carbon's four bonds. All other atoms that are connected to carbon atoms are written out. Line
angle formulas help show structure and order of the atoms in a compound making the advantages and disadvantages similar to
structural formulas.

Ex. Line-Angle Formula for Ethanol: 

Formulas of Inorganic Compounds

Inorganic compounds are typically not of biological origin. Inorganic compounds are made up of atoms connected using ionic
bonds. These inorganic compounds can be binary compounds, binary acids, or polyatomic ions.

Binary compounds

Binary compounds are formed between two elements, either a metal paired with a nonmetal or two nonmetals paired together.
When a metal is paired with a nonmetal, they form ionic compounds in which one is a negatively charged ion and the other is
positvely charged. The net charge of the compound must then become neutral. Transition metals have different charges; therefore, it
is important to specify what type of ion it is during the naming of the compound. When two nonmetals are paired together, the
compound is a molecular compound. When writing out the formula, the element with a positive oxidation state is placed first.
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Ex. Ionic Compound: BaBr (Barium Bromide)

Ex. Molecular Compound: N O  (Dinitrogen Tetroxide)

Binary acids

Binary acids are binary compounds in which hydrogen bonds with a nonmetal forming an acid. However, there are exceptions such
as NH , which is a base. This is because it shows no tendency to produce a H . Because hydrogen is positively charged, it is placed
first when writing out these binary acids.

Ex. HBr (Hydrobromic Acid)

Polyatomic ions

Polyatomic ions is formed when two or more atoms are connected with covalent bonds. Cations are ions that have are postively
charged, while anions are negatively charged ions. The most common polyatomic ions that exists are those of anions. The two main
polyatomic cations are Ammonium and Mercury (I). Many polyatomic ions are typically paired with metals using ionic bonds to
form chemical compounds.

Ex. MnO  (Polyatomic ion); NaMnO  (Chemical Compound)

Oxoacids

Many acids have three different elements to form ternary compounds. When one of those three elements is oxygen, the acid is
known as a oxoacid. In other words, oxacids are compounds that contain hydrogen, oxgygen, and one other element.

Ex. HNO  (Nitric Acid)

Complex Compounds

Certain compounds can appear in multiple forms yet mean the same thing. A common example is hydrates: water molecules bond
to another compound or element. When this happens, a dot is shown between H O and the other part of the compound. Because the
H O molecules are embedded within the compound, the compound is not necessarily "wet". When hydrates are heated, the water in
the compound evaporates and the compound becomes anhydrous. These compounds can be used to attract water such as CoCl .
When CoCl  is dry, CoCl  is a blue color wherease the hexahydrate (written below) is pink in color.

Ex. CoCl  ·6 H O

Formulas of Organic Compounds
Organic compounds contain a combination carbon and hydrogen or carbon and hydrogen with nitrogen and a few other elements,
such as phosphorous, sulfur, silicon, and the halogens. Most organic compounds are seen in biological origin, as they are found in
nature.

Hydrocarbons

Hydrocarbons are compounds that consist of only carbon and hydrogen atoms. Hydrocarbons that are bonded together with only
single bonds are alkanes. The simplest example is methane (shown below). When hydrocarbons have one or more double bonds,
they are called alkenes. The simplest alkene is Ethene (C H ) which contains a double bond between the two carbon atoms.

 

Ex. Methane on left, Ethene on right

Functional Groups

Functional groups are atoms connected to carbon chains or rings of organic molecules. Compounds that are within a functional
group tend to have similar properties and characteristics. Two common functional groups are hydroxyl groups and carboxyl groups.
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Hydroxyl groups end in -OH and are alcohols. Carboxyl groups end in -COOH, making compounds containing -COOH carboxylic
acids. Functional groups also help with nomenclature by using prefixes to help name the compounds that have similar chemical
properties.

Ex. Hydroxyl Group on top; Carboxyl Group on bottom

References
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Problems
1. Which of the following formulas are organic?

a. HClO
b. C H
c. CO

2. What is the name of the following formula?

3. Classify the following formulas into their appropriate functional group

a. Acetic acid
b. Butanol
c. Oxalic acid

4. What are the empirical formulas for the following compounds?

a. C H O
b. CH CH CH CH CH CH CH
c. H O

5. What is the name of the following figure and what is the molecular formula of the following figure?

Answer Key:

1. b and c. 2. Propane. 3. a. carboxyl group, b. hydroxyl group, c. carboxyl group. 4. a. C H O , b. C H , c. H O. 5. Methylbutane,
C H

Contributors and Attributions
Jean Kim (UCD), Kristina Bonnett (UCD)

2.2: Representing Compounds- Chemical Formulas and Molecular Models is shared under a not declared license and was authored, remixed,
and/or curated by LibreTexts.
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2.3: An Atomic-Level Perspective of Elements and Compounds

Define ionic and molecular (covalent) compounds
Predict the type of compound formed from elements based on their location within the periodic table
Determine formulas for simple ionic compounds

In ordinary chemical reactions, the nucleus of each atom (and thus the identity of the element) remains unchanged. Electrons,
however, can be added to atoms by transfer from other atoms, lost by transfer to other atoms, or shared with other atoms. The
transfer and sharing of electrons among atoms govern the chemistry of the elements. During the formation of some compounds,
atoms gain or lose electrons, and form electrically charged particles called ions (Figure ).

Figure : (a) A sodium atom (Na) has equal numbers of protons and electrons (11) and is uncharged. (b) A sodium cation (Na )
has lost an electron, so it has one more proton (11) than electrons (10), giving it an overall positive charge, signified by a
superscripted plus sign.
Figure A shows a sodium atom which has a nucleus containing 11 protons, 12 neutrons, and 11 electrons. Figure B shows a sodium
ion. Its nucleus contains 11 protons, 12 neutrons, and 11 electrons.

You can use the periodic table to predict whether an atom will form an anion or a cation, and you can often predict the charge of the
resulting ion. Atoms of many main-group metals lose enough electrons to leave them with the same number of electrons as an atom
of the preceding noble gas. To illustrate, an atom of an alkali metal (group 1) loses one electron and forms a cation with a 1+
charge; an alkaline earth metal (group 2) loses two electrons and forms a cation with a 2+ charge, and so on. For example, a neutral
calcium atom, with 20 protons and 20 electrons, readily loses two electrons. This results in a cation with 20 protons, 18 electrons,
and a 2+ charge. It has the same number of electrons as atoms of the preceding noble gas, argon, and is symbolized Ca . The name
of a metal ion is the same as the name of the metal atom from which it forms, so Ca  is called a calcium ion.

When atoms of nonmetal elements form ions, they generally gain enough electrons to give them the same number of electrons as an
atom of the next noble gas in the periodic table. Atoms of group 17 gain one electron and form anions with a 1− charge; atoms of
group 16 gain two electrons and form ions with a 2− charge, and so on. For example, the neutral bromine atom, with 35 protons
and 35 electrons, can gain one electron to provide it with 36 electrons. This results in an anion with 35 protons, 36 electrons, and a
1− charge. It has the same number of electrons as atoms of the next noble gas, krypton, and is symbolized Br . (A discussion of the
theory supporting the favored status of noble gas electron numbers reflected in these predictive rules for ion formation is provided
in a later chapter of this text.)

Note the usefulness of the periodic table in predicting likely ion formation and charge (Figure ). Moving from the far left to the
right on the periodic table, main-group elements tend to form cations with a charge equal to the group number. That is, group 1
elements form 1+ ions; group 2 elements form 2+ ions, and so on. Moving from the far right to the left on the periodic table,
elements often form anions with a negative charge equal to the number of groups moved left from the noble gases. For example,
group 17 elements (one group left of the noble gases) form 1− ions; group 16 elements (two groups left) form 2− ions, and so on.
This trend can be used as a guide in many cases, but its predictive value decreases when moving toward the center of the periodic
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table. In fact, transition metals and some other metals often exhibit variable charges that are not predictable by their location in the
table. For example, copper can form ions with a 1+ or 2+ charge, and iron can form ions with a 2+ or 3+ charge.

Figure : Some elements exhibit a regular pattern of ionic charge when they form ions.
This periodic table shows the charges of ions corresponding with the group number. Starting with a charge of positive one for
group 1, positive 2 for group 2, and negative 4, 3, 2, and 1 for groups 14, 15, 16, and 17 respectively. Noble gases on the far right
do not have any charges. Some of the ions of transition metals are shown, with multiple charges existing for certain metals.

An ion found in some compounds used as antiperspirants contains 13 protons and 10 electrons. What is its symbol?

Solution
Because the number of protons remains unchanged when an atom forms an ion, the atomic number of the element must be 13.
Knowing this lets us use the periodic table to identify the element as Al (aluminum). The Al atom has lost three electrons and
thus has three more positive charges (13) than it has electrons (10). This is the aluminum cation, Al .

Give the symbol and name for the ion with 34 protons and 36 electrons.

Answer

Se , the selenide ion

Magnesium and nitrogen react to form an ionic compound. Predict which forms an anion, which forms a cation, and the
charges of each ion. Write the symbol for each ion and name them.

Solution
Magnesium’s position in the periodic table (group 2) tells us that it is a metal. Metals form positive ions (cations). A
magnesium atom must lose two electrons to have the same number electrons as an atom of the previous noble gas, neon. Thus,
a magnesium atom will form a cation with two fewer electrons than protons and a charge of 2+. The symbol for the ion is
Mg , and it is called a magnesium ion.

 Example : Composition of Ions

3+

 Exercise 

2−

 Example : Formation of Ions
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Nitrogen’s position in the periodic table (group 15) reveals that it is a nonmetal. Nonmetals form negative ions (anions). A
nitrogen atom must gain three electrons to have the same number of electrons as an atom of the following noble gas, neon.
Thus, a nitrogen atom will form an anion with three more electrons than protons and a charge of 3−. The symbol for the ion is
N , and it is called a nitride ion.

Aluminum and carbon react to form an ionic compound. Predict which forms an anion, which forms a cation, and the charges
of each ion. Write the symbol for each ion and name them.

Answer

Al will form a cation with a charge of 3+: Al , an aluminum ion. Carbon will form an anion with a charge of 4−: C , a
carbide ion.

 

The ions that we have discussed so far are called monatomic ions, that is, they are ions formed from only one atom. We also find
many polyatomic ions. These ions, which act as discrete units, are electrically charged molecules (a group of bonded atoms with an
overall charge). Some of the more important polyatomic ions are listed in Table . Oxyanions are polyatomic ions that contain
one or more oxygen atoms. At this point in your study of chemistry, you should memorize the names, formulas, and charges of the
most common polyatomic ions. Because you will use them repeatedly, they will soon become familiar.

Table : Common Polyatomic Ions

3−

 Exercise 

3+ 4−
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Name Formula Related Acid Formula

ammonium   

hydronium   

oxide   

peroxide   

hydroxide   

acetate acetic acid

cyanide hydrocyanic acid

azide hydrazoic acid

carbonate carbonic acid

bicarbonate   

nitrate nitric acid

nitrite nitrous acid

sulfate sulfuric acid

hydrogen sulfate   

sulfite sulfurous acid

hydrogen sulfite   

phosphate phosphoric acid

hydrogen phosphate   

dihydrogen phosphate   

perchlorate perchloric acid

chlorate chloric acid

chlorite chlorous acid

hypochlorite hypochlorous acid

chromate chromic acid

dichromate dichromic acid

permanganate permanganic acid

Note that there is a system for naming some polyatomic ions; -ate and -ite are suffixes designating polyatomic ions containing
more or fewer oxygen atoms. Per- (short for “hyper”) and hypo- (meaning “under”) are prefixes meaning more oxygen atoms than
-ate and fewer oxygen atoms than -ite, respectively. For example, perchlorate is , chlorate is , chlorite is  and
hypochlorite is ClO . Unfortunately, the number of oxygen atoms corresponding to a given suffix or prefix is not consistent; for
example, nitrate is  while sulfate is . This will be covered in more detail in the next module on nomenclature.

The nature of the attractive forces that hold atoms or ions together within a compound is the basis for classifying chemical bonding.
When electrons are transferred and ions form, ionic bonds result. Ionic bonds are electrostatic forces of attraction, that is, the
attractive forces experienced between objects of opposite electrical charge (in this case, cations and anions). When electrons are
“shared” and molecules form, covalent bonds result. Covalent bonds are the attractive forces between the positively charged nuclei

−
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of the bonded atoms and one or more pairs of electrons that are located between the atoms. Compounds are classified as ionic or
molecular (covalent) on the basis of the bonds present in them.

 

Ionic Compounds

When an element composed of atoms that readily lose electrons (a metal) reacts with an element composed of atoms that readily
gain electrons (a nonmetal), a transfer of electrons usually occurs, producing ions. The compound formed by this transfer is
stabilized by the electrostatic attractions (ionic bonds) between the ions of opposite charge present in the compound. For example,
when each sodium atom in a sample of sodium metal (group 1) gives up one electron to form a sodium cation, Na , and each
chlorine atom in a sample of chlorine gas (group 17) accepts one electron to form a chloride anion, Cl , the resulting compound,
NaCl, is composed of sodium ions and chloride ions in the ratio of one Na  ion for each Cl  ion. Similarly, each calcium atom
(group 2) can give up two electrons and transfer one to each of two chlorine atoms to form CaCl , which is composed of Ca  and
Cl  ions in the ratio of one Ca  ion to two Cl  ions.

A compound that contains ions and is held together by ionic bonds is called an ionic compound. The periodic table can help us
recognize many of the compounds that are ionic: When a metal is combined with one or more nonmetals, the compound is usually
ionic. This guideline works well for predicting ionic compound formation for most of the compounds typically encountered in an
introductory chemistry course. However, it is not always true (for example, aluminum chloride, AlCl , is not ionic).

You can often recognize ionic compounds because of their properties. Ionic compounds are solids that typically melt at high
temperatures and boil at even higher temperatures. For example, sodium chloride melts at 801 °C and boils at 1413 °C. (As a
comparison, the molecular compound water melts at 0 °C and boils at 100 °C.) In solid form, an ionic compound is not electrically
conductive because its ions are unable to flow (“electricity” is the flow of charged particles). When molten, however, it can conduct
electricity because its ions are able to move freely through the liquid (Figure ).

Figure : Sodium chloride melts at 801 °C and conducts electricity when molten. (credit: modification of work by Mark Blaser
and Matt Evans)
This figure shows three photos connected by right-facing arrows. The first shows a light bulb as part of a complex lab equipment
setup. The light bulb is not lit. The second photo shows a substances being heated or set on fire. The third shows the light bulb
again which is lit.

In every ionic compound, the total number of positive charges of the cations equals the total number of negative charges of the
anions. Thus, ionic compounds are electrically neutral overall, even though they contain positive and negative ions. We can use this
observation to help us write the formula of an ionic compound. The formula of an ionic compound must have a ratio of ions such
that the numbers of positive and negative charges are equal.

The gemstone sapphire (Figure ) is mostly a compound of aluminum and oxygen that contains aluminum cations, Al ,
and oxygen anions, O . What is the formula of this compound?
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 Example : Predicting the Formula of an Ionic Compound

3+
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Figure : Although pure aluminum oxide is colorless, trace amounts of iron and titanium give blue sapphire its
characteristic color. (credit: modification of work by Stanislav Doronenko)

Solution Because the ionic compound must be electrically neutral, it must have the same number of positive and negative
charges. Two aluminum ions, each with a charge of 3+, would give us six positive charges, and three oxide ions, each with a
charge of 2−, would give us six negative charges. The formula would be Al O .

Predict the formula of the ionic compound formed between the sodium cation, Na , and the sulfide anion, S .

Answer

Na S

Many ionic compounds contain polyatomic ions (Table ) as the cation, the anion, or both. As with simple ionic compounds,
these compounds must also be electrically neutral, so their formulas can be predicted by treating the polyatomic ions as discrete
units. We use parentheses in a formula to indicate a group of atoms that behave as a unit. For example, the formula for calcium
phosphate, one of the minerals in our bones, is Ca (PO ) . This formula indicates that there are three calcium ions (Ca ) for every
two phosphate  groups. The  groups are discrete units, each consisting of one phosphorus atom and four oxygen
atoms, and having an overall charge of 3−. The compound is electrically neutral, and its formula shows a total count of three Ca,
two P, and eight O atoms.

Baking powder contains calcium dihydrogen phosphate, an ionic compound composed of the ions Ca  and . What is
the formula of this compound?

Solution
The positive and negative charges must balance, and this ionic compound must be electrically neutral. Thus, we must have two
negative charges to balance the 2+ charge of the calcium ion. This requires a ratio of one Ca  ion to two  ions. We
designate this by enclosing the formula for the dihydrogen phosphate ion in parentheses and adding a subscript 2. The formula
is Ca(H PO ) .

Predict the formula of the ionic compound formed between the lithium ion and the peroxide ion,  (Hint: Use the periodic
table to predict the sign and the charge on the lithium ion.)

Answer

Li O

Because an ionic compound is not made up of single, discrete molecules, it may not be properly symbolized using a molecular
formula. Instead, ionic compounds must be symbolized by a formula indicating the relative numbers of its constituent ions. For
compounds containing only monatomic ions (such as NaCl) and for many compounds containing polyatomic ions (such as CaSO ),
these formulas are just the empirical formulas introduced earlier in this chapter. However, the formulas for some ionic compounds
containing polyatomic ions are not empirical formulas. For example, the ionic compound sodium oxalate is comprised of Na  and

2 3
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 ions combined in a 2:1 ratio, and its formula is written as Na C O . The subscripts in this formula are not the smallest-
possible whole numbers, as each can be divided by 2 to yield the empirical formula, NaCO . This is not the accepted formula for
sodium oxalate, however, as it does not accurately represent the compound’s polyatomic anion, .

 

Molecular Compounds
Many compounds do not contain ions but instead consist solely of discrete, neutral molecules. These molecular compounds
(covalent compounds) result when atoms share, rather than transfer (gain or lose), electrons. Covalent bonding is an important and
extensive concept in chemistry, and it will be treated in considerable detail in a later chapter of this text. We can often identify
molecular compounds on the basis of their physical properties. Under normal conditions, molecular compounds often exist as
gases, low-boiling liquids, and low-melting solids, although many important exceptions exist.

Whereas ionic compounds are usually formed when a metal and a nonmetal combine, covalent compounds are usually formed by a
combination of nonmetals. Thus, the periodic table can help us recognize many of the compounds that are covalent. While we can
use the positions of a compound’s elements in the periodic table to predict whether it is ionic or covalent at this point in our study
of chemistry, you should be aware that this is a very simplistic approach that does not account for a number of interesting
exceptions. Shades of gray exist between ionic and molecular compounds, and you’ll learn more about those later.

Predict whether the following compounds are ionic or molecular:

a. KI, the compound used as a source of iodine in table salt
b. H O , the bleach and disinfectant hydrogen peroxide
c. CHCl , the anesthetic chloroform
d. Li CO , a source of lithium in antidepressants

Solution
a. Potassium (group 1) is a metal, and iodine (group 17) is a nonmetal; KI is predicted to be ionic.
b. Hydrogen (group 1) is a nonmetal, and oxygen (group 16) is a nonmetal; H O  is predicted to be molecular.
c. Carbon (group 14) is a nonmetal, hydrogen (group 1) is a nonmetal, and chlorine (group 17) is a nonmetal; CHCl  is

predicted to be molecular.
d. Lithium (group 1) is a metal, and carbonate is a polyatomic ion; Li CO  is predicted to be ionic.

Using the periodic table, predict whether the following compounds are ionic or covalent:

a. SO
b. CaF
c. N H
d. Al (SO )

Answer a

molecular

Answer b

ionic

Answer c

molecular

Answer d

ionic

2 2 4

2

 Example : Predicting the Type of Bonding in Compounds
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Summary

Metals (particularly those in groups 1 and 2) tend to lose the number of electrons that would leave them with the same number of
electrons as in the preceding noble gas in the periodic table. By this means, a positively charged ion is formed. Similarly, nonmetals
(especially those in groups 16 and 17, and, to a lesser extent, those in Group 15) can gain the number of electrons needed to
provide atoms with the same number of electrons as in the next noble gas in the periodic table. Thus, nonmetals tend to form
negative ions. Positively charged ions are called cations, and negatively charged ions are called anions. Ions can be either
monatomic (containing only one atom) or polyatomic (containing more than one atom).

Compounds that contain ions are called ionic compounds. Ionic compounds generally form from metals and nonmetals.
Compounds that do not contain ions, but instead consist of atoms bonded tightly together in molecules (uncharged groups of atoms
that behave as a single unit), are called covalent compounds. Covalent compounds usually form from two or more nonmetals.

Glossary

covalent bond
attractive force between the nuclei of a molecule’s atoms and pairs of electrons between the atoms

covalent compound
(also, molecular compound) composed of molecules formed by atoms of two or more different elements

ionic bond
electrostatic forces of attraction between the oppositely charged ions of an ionic compound

ionic compound
compound composed of cations and anions combined in ratios, yielding an electrically neutral substance

molecular compound
(also, covalent compound) composed of molecules formed by atoms of two or more different elements

monatomic ion
ion composed of a single atom

polyatomic ion
ion composed of more than one atom

oxyanion
polyatomic anion composed of a central atom bonded to oxygen atoms

2.3: An Atomic-Level Perspective of Elements and Compounds is shared under a not declared license and was authored, remixed, and/or curated
by LibreTexts.
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2.4: Ionic Compounds- Formulas and Names
6.9: Binary Ionic Compounds and Their Properties

6.18: Ionic Compounds Containing Polyatomic Ions

Derive names for common types of inorganic compounds using a systematic approach

Nomenclature, a collection of rules for naming things, is important in science and in many other situations. This module describes
an approach that is used to name simple ionic and molecular compounds, such as NaCl, CaCO , and N O . The simplest of these
are binary compounds, those containing only two elements, but we will also consider how to name ionic compounds containing
polyatomic ions, and one specific, very important class of compounds known as acids (subsequent chapters in this text will focus
on these compounds in great detail). We will limit our attention here to inorganic compounds, compounds that are composed
principally of elements other than carbon, and will follow the nomenclature guidelines proposed by IUPAC. The rules for organic
compounds, in which carbon is the principle element, will be treated in a later chapter on organic chemistry.

Ionic Compounds
To name an inorganic compound, we need to consider the answers to several questions. First, is the compound ionic or molecular?
If the compound is ionic, does the metal form ions of only one type (fixed charge) or more than one type (variable charge)? Are the
ions monatomic or polyatomic? If the compound is molecular, does it contain hydrogen? If so, does it also contain oxygen? From
the answers we derive, we place the compound in an appropriate category and then name it accordingly.

Compounds Containing Only Monatomic Ions
The name of a binary compound containing monatomic ions consists of the name of the cation (the name of the metal) followed by
the name of the anion (the name of the nonmetallic element with its ending replaced by the suffix –ide). Some examples are given
in Table .

Table : Names of Some Ionic Compounds

NaCl, sodium chloride Na O, sodium oxide

KBr, potassium bromide CdS, cadmium sulfide

CaI , calcium iodide Mg N , magnesium nitride

CsF, cesium fluoride Ca P , calcium phosphide

LiCl, lithium chloride Al C , aluminum carbide

Compounds Containing Polyatomic Ions
Compounds containing polyatomic ions are named similarly to those containing only monatomic ions, except there is no need to
change to an –ide ending, since the suffix is already present in the name of the anion. Examples are shown in Table .

CL, ammonium chloride, C a S O subscript 4 calcium sulfate, and M g subscript 3 ( P O subscript 4 ) subscript 2 magnesium
phosphate." data-quail-id="56" data-mt-width="1071">

Table : Names of Some Polyatomic Ionic Compounds

KC H O , potassium acetate (NH )Cl, ammonium chloride

NaHCO , sodium bicarbonate CaSO , calcium sulfate

Al (CO ) , aluminum carbonate Mg (PO ) , magnesium phosphate

Learning Objectives
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Every day you encounter and use a large number of ionic compounds. Some of these compounds, where they are found, and
what they are used for are listed in Table. Look at the label or ingredients list on the various products that you use during the
next few days, and see if you run into any of those in this table, or find other ionic compounds that you could now name or
write as a formula.

Everyday Ionic Compounds

Ionic Compound Use

NaCl, sodium chloride ordinary table salt

KI, potassium iodide added to “iodized” salt for thyroid health

NaF, sodium fluoride ingredient in toothpaste

NaHCO , sodium bicarbonate baking soda; used in cooking (and as antacid)

Na CO , sodium carbonate washing soda; used in cleaning agents

NaOCl, sodium hypochlorite active ingredient in household bleach

CaCO  calcium carbonate ingredient in antacids

Mg(OH) , magnesium hydroxide ingredient in antacids

Al(OH) , aluminum hydroxide ingredient in antacids

NaOH, sodium hydroxide lye; used as drain cleaner

K PO , potassium phosphate food additive (many purposes)

MgSO , magnesium sulfate added to purified water

Na HPO , sodium hydrogen phosphate anti-caking agent; used in powdered products

Na SO , sodium sulfite preservative

Compounds Containing a Metal Ion with a Variable Charge

Most of the transition metals can form two or more cations with different charges. Compounds of these metals with nonmetals are
named with the same method as compounds in the first category, except the charge of the metal ion is specified by a Roman
numeral in parentheses after the name of the metal. The charge of the metal ion is determined from the formula of the compound
and the charge of the anion. For example, consider binary ionic compounds of iron and chlorine. Iron typically exhibits a charge of
either 2+ or 3+ (see [link]), and the two corresponding compound formulas are FeCl  and FeCl . The simplest name, “iron
chloride,” will, in this case, be ambiguous, as it does not distinguish between these two compounds. In cases like this, the charge of
the metal ion is included as a Roman numeral in parentheses immediately following the metal name. These two compounds are
then unambiguously named iron(II) chloride and iron(III) chloride, respectively. Other examples are provided in Table .

Table : Names of Some Transition Metal Ionic Compounds

Transition Metal Ionic Compound Name

FeCl iron(III) chloride

Hg O mercury(I) oxide

HgO mercury(II) oxide

Cu (PO ) copper(II) phosphate

Ionic Compounds in Your Cabinets
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Out-of-date nomenclature used the suffixes –ic and –ous to designate metals with higher and lower charges, respectively: Iron(III)
chloride, FeCl , was previously called ferric chloride, and iron(II) chloride, FeCl , was known as ferrous chloride. Though this
naming convention has been largely abandoned by the scientific community, it remains in use by some segments of industry. For
example, you may see the words stannous fluoride on a tube of toothpaste. This represents the formula SnF , which is more
properly named tin(II) fluoride. The other fluoride of tin is SnF , which was previously called stannic fluoride but is now named
tin(IV) fluoride.

Name the following ionic compounds, which contain a metal that can have more than one ionic charge:

a. Fe S
b. CuSe
c. GaN
d. CrCl
e. Ti (SO )

Solution
The anions in these compounds have a fixed negative charge (S , Se , N , Cl , and ), and the compounds must be
neutral. Because the total number of positive charges in each compound must equal the total number of negative charges, the
positive ions must be Fe , Cu , Ga , Cr , and Ti . These charges are used in the names of the metal ions:

a. iron(III) sulfide
b. copper(II) selenide
c. gallium(III) nitride
d. chromium(III) chloride
e. titanium(III) sulfate

Write the formulas of the following ionic compounds:

1. (a) chromium(III) phosphide
2. (b) mercury(II) sulfide
3. (c) manganese(II) phosphate
4. (d) copper(I) oxide
5. (e) chromium(VI) fluoride

Answer
(a) CrP; (b) HgS; (c) Mn (PO ) ; (d) Cu O; (e) CrF

Summary

Chemists use nomenclature rules to clearly name compounds. Ionic and molecular compounds are named using somewhat-different
methods. Binary ionic compounds typically consist of a metal and a nonmetal. The name of the metal is written first, followed by
the name of the nonmetal with its ending changed to –ide. For example, K O is called potassium oxide. If the metal can form ions
with different charges, a Roman numeral in parentheses follows the name of the metal to specify its charge. Thus, FeCl  is iron(II)
chloride and FeCl  is iron(III) chloride. Some compounds contain polyatomic ions; the names of common polyatomic ions should
be memorized. Molecular compounds can form compounds with different ratios of their elements, so prefixes are used to specify
the numbers of atoms of each element in a molecule of the compound. Examples include SF , sulfur hexafluoride, and N O ,
dinitrogen tetroxide. Acids are an important class of compounds containing hydrogen and having special nomenclature rules.
Binary acids are named using the prefix hydro-, changing the –ide suffix to –ic, and adding “acid;” HCl is hydrochloric acid.
Oxyacids are named by changing the ending of the anion to –ic, and adding “acid;” H CO  is carbonic acid.
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2.5: Molecular Compounds- Formulas and Names

Derive names for common types of inorganic compounds using a systematic approach

The bonding characteristics of inorganic molecular compounds are different from ionic compounds, and they are named using a
different system as well. The charges of cations and anions dictate their ratios in ionic compounds, so specifying the names of the
ions provides sufficient information to determine chemical formulas. However, because covalent bonding allows for significant
variation in the combination ratios of the atoms in a molecule, the names for molecular compounds must explicitly identify these
ratios.

Compounds Composed of Two Elements

When two nonmetallic elements form a molecular compound, several combination ratios are often possible. For example, carbon
and oxygen can form the compounds CO and CO . Since these are different substances with different properties, they cannot both
have the same name (they cannot both be called carbon oxide). To deal with this situation, we use a naming method that is
somewhat similar to that used for ionic compounds, but with added prefixes to specify the numbers of atoms of each element. The
name of the more metallic element (the one farther to the left and/or bottom of the periodic table) is first, followed by the name of
the more nonmetallic element (the one farther to the right and/or top) with its ending changed to the suffix –ide. The numbers of
atoms of each element are designated by the Greek prefixes shown in Table .

Table : Nomenclature Prefixes

Learning Objectives
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When only one atom of the first element is present, the prefix mono- is usually deleted from that part. Thus, CO is named carbon
monoxide, and CO  is called carbon dioxide. When two vowels are adjacent, the a in the Greek prefix is usually dropped. Some
other examples are shown in Table .
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Table : Names of Some Molecular Compounds Composed of Two Elements
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There are a few common names that you will encounter as you continue your study of chemistry. For example, although NO is often
called nitric oxide, its proper name is nitrogen monoxide. Similarly, N O is known as nitrous oxide even though our rules would
specify the name dinitrogen monoxide. (And H O is usually called water, not dihydrogen monoxide.) You should commit to
memory the common names of compounds as you encounter them.

Name the following covalent compounds:

a. SF
b. N O
c. Cl O
d. P O

Solution
Because these compounds consist solely of nonmetals, we use prefixes to designate the number of atoms of each element:

a. sulfur hexafluoride
b. dinitrogen trioxide
c. dichlorine heptoxide
d. tetraphosphorus hexoxide

Write the formulas for the following compounds:

a. phosphorus pentachloride
b. dinitrogen monoxide
c. iodine heptafluoride
d. carbon tetrachloride

2
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Naming Covalent Compounds
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Answer:

(a) PCl ; (b) N O; (c) IF ; (d) CCl

Binary Acids
Some compounds containing hydrogen are members of an important class of substances known as acids. The chemistry of these
compounds is explored in more detail in later chapters of this text, but for now, it will suffice to note that many acids release
hydrogen ions, H , when dissolved in water. To denote this distinct chemical property, a mixture of water with an acid is given a
name derived from the compound’s name. If the compound is a binary acid (comprised of hydrogen and one other nonmetallic
element):

1. The word “hydrogen” is changed to the prefix hydro-
2. The other nonmetallic element name is modified by adding the suffix -ic
3. The word “acid” is added as a second word

For example, when the gas HCl (hydrogen chloride) is dissolved in water, the solution is called hydrochloric acid. Several other
examples of this nomenclature are shown in Table .

Table : Names of Some Simple Acids

Name of Gas Name of Acid

HF(g), hydrogen fluoride HF(aq), hydrofluoric acid

HCl(g), hydrogen chloride HCl(aq), hydrochloric acid

HBr(g), hydrogen bromide HBr(aq), hydrobromic acid

HI(g), hydrogen iodide HI(aq), hydroiodic acid

H S(g), hydrogen sulfide H S(aq), hydrosulfuric acid

Oxyacids

Many compounds containing three or more elements (such as organic compounds or coordination compounds) are subject to
specialized nomenclature rules that you will learn later. However, we will briefly discuss the important compounds known as
oxyacids, compounds that contain hydrogen, oxygen, and at least one other element, and are bonded in such a way as to impart
acidic properties to the compound (you will learn the details of this in a later chapter). Typical oxyacids consist of hydrogen
combined with a polyatomic, oxygen-containing ion. To name oxyacids:

1. Omit “hydrogen”
2. Start with the root name of the anion
3. Replace –ate with –ic, or –ite with –ous
4. Add “acid”

For example, consider H CO  (which you might be tempted to call “hydrogen carbonate”). To name this correctly, “hydrogen” is
omitted; the –ate of carbonate is replace with –ic; and acid is added—so its name is carbonic acid. Other examples are given in
Table . There are some exceptions to the general naming method (e.g., H SO  is called sulfuric acid, not sulfic acid, and H SO
is sulfurous, not sulfous, acid).

Table : Names of Common Oxyacids
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Formula Anion Name Acid Name

HC H O acetate acetic acid

HNO nitrate nitric acid

HNO nitrite nitrous acid

HClO perchlorate perchloric acid

H CO carbonate carbonic acid

H SO sulfate sulfuric acid

H SO sulfite sulfurous acid

H PO phosphate phosphoric acid

Summary
Chemists use nomenclature rules to clearly name compounds. Ionic and molecular compounds are named using somewhat-different
methods. Binary ionic compounds typically consist of a metal and a nonmetal. The name of the metal is written first, followed by
the name of the nonmetal with its ending changed to –ide. For example, K O is called potassium oxide. If the metal can form ions
with different charges, a Roman numeral in parentheses follows the name of the metal to specify its charge. Thus, FeCl  is iron(II)
chloride and FeCl  is iron(III) chloride. Some compounds contain polyatomic ions; the names of common polyatomic ions should
be memorized. Molecular compounds can form compounds with different ratios of their elements, so prefixes are used to specify the
numbers of atoms of each element in a molecule of the compound. Examples include SF , sulfur hexafluoride, and N O , dinitrogen
tetroxide. Acids are an important class of compounds containing hydrogen and having special nomenclature rules. Binary acids are
named using the prefix hydro-, changing the –ide suffix to –ic, and adding “acid;” HCl is hydrochloric acid. Oxyacids are named by
changing the ending of the anion to –ic, and adding “acid;” H CO  is carbonic acid.
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2.6: Summary of Inorganic Nomenclature
Chemical nomenclature is the names we use for chemicals. For instance, H O is called "water", and CH  (the gas you burn in a
stove) is called "methane." You should learn the chemical nomenclature here on this page now, so that you will be able to
understand when it is used.

The Basics

Here is some important info about how we write chemicals.

1. Elements have symbols of one or two letters. The first is a capital letter (ABC). If there is a second letter, it is a lower-case letter
(abc). For instance, "m" is one unit, and "M" is a different unit. "K" is the symbol for one type of constant, and "k" is the
symbol for a different type. You need to remember that capital letter symbols are usually different from lower-case symbols. For
instance, Co is cobalt, a metal element next to iron, and CO is carbon monoxide, a poisonous gas made of one carbon atom and
one oxygen atom.

2. We write the charge of a chemical using a superscript, which looks like this: H or H . If we write just H, that means an H atom,
which is one proton and one electron. H  means 1 H atom – 1 electron, so it means just one proton, also called hydrogen ion. If
we write H  this means one hydrogen atom + one electron, so a proton and 2 electrons, also called hydride ion. If there's an
number in the superscript, that says how many electrons are added or removed. For instance, Ca  is a calcium atom – 2
electrons, or calcium ion. S  is sulfide, or sulfur + 2 electrons.

3. We indicate the number of atoms of a particular type using a subscript, like this: CO . This means one carbon atom and 2
oxygen atoms. If we write O that means the oxygen molecule, which is two atoms of oxygen connected together. Sometimes
people might write O2 to mean the same thing. If the number comes first, though, it has a different meaning. 2 O means 2 atoms
of oxygen that aren't connected to anything.

1 ball is used to show atomic oxygen. 2 conjoined ball is used to show diatomic oxygen and 3 conjoined ball represents ozone.

4. If we want to show how many protons and neutrons are present in an atom, we can use the mass number, as a superscript before
the element symbol, such as C. This means carbon with (protons + neutrons) = 13. You can tell that this is different from the
charge, because the charge will always include + or – and come after the symbol.

5. Most molecules or ions that are stable have an even number of electrons. If they have an odd number of electrons, this is called
a radical. For instance, H is a radical, because it has one electron. Because this is unusual, it might be indicated with a dot, like
this: H . For instance, water is H O, and if you remove hydrogen ion, you are left with hydroxide ion, OH . If you remove H
from water, you are left with OH molecule, which is neutral. This is also called hydroxyl radical, written OH .

6. The phase of a substance is often indicated by a letter in () after the symbol. For instance, He is almost always a gas, written
He(g). If it's a liquid (4.2K or below, less than -269° C) that is written He(l). You'll probably never hear about He(s), since it
would be very hard to make it a solid. You might also see something written with (aq), which means "dissolved in water." For
instance, NaCl(aq) means salt dissolved in water so there is no solid left. Or you might just see K (aq), meaning potassium ions
dissolved in water.
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Elements

There are lots of elements and you don't need to memorize them all. Here are a few that you should learn right now, though,
because they are common or important, so that you won't be confused when they are mentioned later. They are organized by their
type.

1. Non-metals

Light elements: the elements with smallest mass

Hydrogen (H): exists as H  or in combination with other elements, such as in water
Helium (He): named after the sun, because it was discovered in the sun before being discovered on Earth (we'll explain how
later); it doesn't react with anything

Major gases in air

Oxygen (O): we get most of our energy from reactions with oxygen, when we breathe or when we burn fuel; O  is 21% of
air
Nitrogen (N): often the limiting factor for agriculture or population growth, even though N  is 78% of air, because it only
reacts under special circumstances.

Halogens: reactive elements that make salts; common negative ions

Fluorine (F): the lightest halogen and most reactive element in the periodic table, people say that it killed the first two
chemists who tried to isolate F
Chlorine (Cl): part of normal salt, NaCl, it is common in the ocean and in your body
Bromine (Br): one of only two elements that are liquid at room temperature, bromine is also found in salts and minerals
Iodine (I): a soft, shiny silver solid that easily evaporates to a purple gas, iodine can be used to disinfect cuts and is essential
for human brains, suggesting that humans may have evolved to live near the ocean, which provides sources of iodine in fish
and seaweed

Main group solid non-metals: non-conductive and usually soft materials

Carbon (C): the element on which biology is based, also found in diamond, graphite, coal, and charcoal
Silicon (Si): the basis of the electronics industry; also a main component of sand, glass, and most rocks
Sulfur (S): a smelly yellow solid, used to make strong acid in industry, also common in minerals and essential to life
Phosphorus (P): first isolated from urine, although common in minerals; essential for life, often glows

2. Metals: soft or hard, light or heavy, usually solid electric conductors

Alkali metals: soft, light, common soluble positive ions

Lithium (Li): the lightest alkali, used in batteries and anti-depressants
Sodium (Na, you may know it as natrium): common in the ocean and salt
Potassium (K, you may know it as kalium): also common, high concentration inside cells

Alkaline Earth metals: like alkalis, but less so, less reactive, less soluble, positive ions more common in rocks, but also
abundant in ocean

Magnesium (Mg): common in rocks, essential for life, especially photosynthesis
Calcium (Ca): common in biomaterials such as bone, tooth, and shells, also essential for muscles

Main group metals
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Aluminum (Al, also called aluminium): requires lots of energy to produce the metal from the mineral sources, but very
common and useful metal
Tin (Sn, from Latin stannum): used since ancient times, especially in alloys such as bronze; still used in solder and many
other applications
Lead (Pb, from Latin plumbum): very heavy, soft, sweet-tasting toxic metal, commonly used since ancient times, now used
to shield radiation and in bullets, among many other uses

Transition Metals: a widely varied group, often characterized by complex chemical properties

Iron (Fe, from Latin ferrum): most abundant element on earth, essential in steel, with complex reaction properties essential
to life
Copper (Cu, from Latin cuprum): less reactive metal, with characteristic colors, commonly used in coins and electronics
Silver (Ag, from Latin argentum): used in jewelry, coins and other ornaments and utensils since ancient times, it didn't
tarnish until after the industrial revolution, and now also used in electronics
Gold (Au, from Latin aurum): used since ancient times in coins and jewelry, to color stained glass, also in dentistry and
other applications
Mercury (Hg, from Latin hydrargyrum): also called quicksilver, because it is a silver liquid, it is toxic but very important in
the history of science; it may be familiar from thermometers

Common Positive Ions (Cations)

"[element name](charge in Roman numerals if needed) ion"

Cation is another word for positive ion. The common positive ions are the ions of the alkali and alkaline earth metals and
ammonium, NH . The alkali metals form +1 cations, such as Na  and K . The alkaline earth metals form +2 cations, such as Ca
and Mg . The hydrogen ion, H  is a very common cation. For these cations, you can call them "[element name] ion", such as
sodium ion or calcium ion.

You'll also see transition metal cations or main group metal cations, but it is harder to predict what charge they will have, especially
because some of them can have different charges, like iron, which is commonly Fe  or Fe . The charge on a transition metal
cation can also be indicated using Roman numerals in parentheses, which looks like Fe(II) or Fe(III). The Roman numerals you
will need to know for chemistry are:

1 2 3 3 5 6 7 8 9 10

I II III IV V VI VII VIII IX X

For cations that have uncertain charge, you should call them "[element name](charge in Roman numerals) ion." For instance,
iron(II) ion or sometimes just Fe(II).

Sometimes people use special names for these ions, in which the higher charge ion is called "[name]-ic ion" and the lower charge
ion is called "[name]-ous ion," such as ferrous for Fe(II) and ferric for Fe(III), or cuprous ion for Cu(I) and cupric ion for Cu(II). I
think this is most common for Fe, and I've never heard anyone call nickel(II) nickelous ion because that sounds ridiculous.

4
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Here's a list of common cations with less predictable charges:

Ag Cu Cu Fe Fe Hg Hg Pb Sn Al

Elements not on the list above, that you may see soon anyway: zinc(II): Zn , cadmium(II): Cd , cobalt(II): Co , manganese(II):
Mn , nickel(II): Ni , chromium(III): Cr .

Common Negative Ions (Anions)

"[base name] + (-ide,-ate, or -ite)"

Anion is another word for negative ion. Common negative ions are the halide ions, formed from the halogen elements: fluoride, F ;
chloride, Cl ; bromide, Br ; and iodide, I . As you may have noticed, the names of anions have "-ide" at the end when they are
formed from elements. Other examples include oxide, O , sulfide, S , and nitride, N .

There are also many important polyatomic anions, which means anions that include more than one atom. These include toxic
cyanide ion, CN , common hydroxide ion, OH , and peroxide ion, O . Other important anions include acetate ion (C H O ),
which is in vinegar, the chlorate ion (ClO ), the perchlorate ion (ClO ) which is often explosive, the nitrate ion (NO ), the
carbonate ion (CO ) found in shells, the sulfate ion (SO ), and the phosphate ion (PO ). All of these end in "-ate", which
means that they have more oxygen. Also, notice that "per-___-ate" means more oxygen than just "-ate", as in perchlorate.

Less common but still important are some "-ite" anions, which have less oxygen, such as nitrite (NO ), sulfite (SO ), chlorite
(ClO ) and hypochlorite (ClO ). Notice that "hypo-___-ite" means less oxygen than just "-ite" as in hypochlorite. Sulfite and
nitrite are used to preserve foods. Sulfite salts are used in wine, dried fruit and preserved radish (mu). Nitrite salts are used in
preserved meats.

One more rule says that if you take an anion like carbonate or sulfate and add one hydrogen ion, then you call that "bicarbonate"
(HCO ) or "bisulfate" (HSO ). Or you might see it called "hydrogen carbonate" or "hydrogen sulfate." Note that because we
added a hydrogen ion, the charge on the bicarbonate ion is one less than the charge on the carbonate ion. Also, note that "disulfate"
is S O , quite different from bisulfate.

Chemical Nomenclature for Ionic Compounds

"[cation name] + [anion name]"

Ionic compounds are compounds that include at least two components, a positive ion and a negative ion. Often the positive ion is a
metal element ion and the negative ion is a non-metal ion. To name an ionic compound, you usually just give the cation followed
by the anion, such as "sodium chloride" or "ammonium nitrate." If the cation is the type that could have different charges, than you
should say what the charge is, such as "mercury(I) iodide" or "cupric sulfate."

Chemical Nomenclature for Acids

"(hydro if -ide)[anion base name] + (-ic if -ide, -ate; -ous if -ite) + acid"
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Acid usually means an anion combined with the hydrogen ion as the cation. For instance, HCl is a common acid, which is the
hydrogen ion and the chloride anion. If the anion ends in "-ide" then usually the acid is called "hydro-___-ic acid" such as
"hydrochloric acid" for HCl. You'll see this for all the "hydrohalic acids" which are H + a halogen, such as "hydrofluoric acid" or
"hydroiodic acid." You might also see "hydrocyanic acid" for HCN. If the anion ends in "-ate" than you call the acid "___-ic acid,"
such as "sulfuric acid," which is H SO , or "nitric acid." HNO . If the anion ends in "-ite" than the acid name is "___-ous acid."
such as "hypochlorous acid" for HClO. Notice that earlier "-ic" and "-ous" meant more and less charge for cations, such as ferric
and ferrous ions of iron. Now it also means more and less oxygen in acids.

Chemical Nomenclature for Non-metal Compounds

"(prefix, not mono)[less anion-like atom name] + (prefix)[more anion-like atom name]-ide"

Non-metal compounds are often called covalent compounds. They are named following a different rule from ionic compounds. You
will need these "prefixes" which indicate how many of each type of atom are present:

1 2 3 3 5 6 7 8 9 10

mono di tri tetra penta hexa hepta octa nona deca

The prefixes come from Greek. You will put the element that is more left on the periodic table first, unless it is oxygen, which is
always last unless it is in a compound with fluorine. This follows the same pattern as ionic compounds. In ionic compounds, the
cation is written first, and you will notice that it is usually more to the left in the periodic table than the anion, which is written last.
When you name covalent compounds, the atom that's more like an anion is written last. Fluorine is always most "anionic," and
oxygen is next most "anionic," so they will always be last. (Fluorine is actually most electronegative, but we will study this concept
much later, which is why right now I'm calling it "anion-like.") If both atoms are in the same group (same column of the periodic
table) then the lower one is named first. Notice that the two most "anion-like," F and O, are in the upper right of the periodic table.
The atom written second, that's more "anion-like" is named like an anion, with the "-ide" ending. For example, CO: carbon is on
the left, so we can write "monocarbon monoxide." Actually people usually just call it "carbon monoxide." You can skip "mono" for
the first element. For instance, SO  is called "sulfur trioxide" and N O  is called "dinitrogen tetroxide." XeO  is xenon dioxide,
even though xenon is more to the right than oxygen, because oxygen is more like an anion than anything except fluorine. If the
compound involves hydrogen, then you can leave out the prefixes, such as "hydrogen chloride" for HCl or "hydrogen sulfide" for
H S, because the numbers of each atom can be predicted as if it were an ionic substance. But actually many compounds of
hydrogen have special names, such as "ammonia" for NH , "methane" for CH , "borane" for BH , "silane" for SiH  and
"phosphine" for PH . You should learn the first two of these now.

Summary
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Key Info for Common Elements

Element name Symbol Atomic number Commonly found as...

Hydrogen H 1
H (g), water (H O), acid (H
(aq))

Helium He 2
He(g), He(l) if you want to
make things very cold

Lithium Li 3
Li  always, (aq) or in solids
with anions, lithium metal Li(s)
only in chem class

Carbon C 6
Covalent compounds, making 4
bonds

Nitrogen N 7
N (g) in air, in ammonia (NH (g
or l)), in basic covalent
compounds, in proteins

Oxygen O 8
O (g) in air, in water, in rock
and glass, usually combined
with Si

Fluorine F 9
F (aq) or with cations in rock,
in covalent compounds with
carbon (non-stick pans)

Sodium (Natrium) Na 11
Na (aq) or with anions in salts,
sodium metal (Na(s)) only in
chem class

Magnesium Mg 12
Mg (aq) or with anions in salts
and rocks

Aluminum (Aluminium) Al 13
Al  with anions in rocks and
salts, industrially made Al(s)
metal

Silicon Si 14
Industrially made Si(s) in
computer chips, Si(IV) oxides
in sand, glass, most rocks

Phosphorus P 15
Phosphates: PO , P O , etc.
in rock, DNA

Sulfur S 16
S (s), S  or sulfate (SO ) in
salts or rocks

Chlorine Cl 17
Cl (aq) or with cations in salts,
Cl (g) or ClO (aq) in
disinfectants

Potassium (kalium) K 19
K (aq) or with anions in salts,
potassium metal (K(s)) only in
chem class

Calcium Ca 20
Ca (aq) or with anions in salts
and rocks

Iron Fe 26 Fe(s) metal industrially made,
Fe(II) or Fe(III) oxides or
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Element name Symbol Atomic number Commonly found as...

sulfides and other minerals

Copper Cu 29
Natural Cu(s) metal, Cu(I) or
Cu(II) salts or minerals, usually
blue or green

Bromine Br 35 Br (aq) or with cations in salts

Silver Ag 47
Natural Ag(s) metal, Ag(I) or
Ag(II) in salts or sulfide
minerals

Tin Sn 50
Industrially made Sn(s) in
alloys, Sn(II) or Sn(IV) salts
and oxide or sulfide minerals

Iodine I 53 I (aq) or with cations in salts

Gold Au 79
Natural Au(s) metal, rarely
Au(I) or Au(III) salts

Mercury Hg 80
Natural (but rare) metal Hg(l),
Hg(II) sulfides and halides,
Hg(I) exists as Hg

Lead Pb 82

Pb(s) in alloys, Pb(II) sulfide,
carbonate and sulfate minerals,
sometimes Pb(IV) salts or
minerals

–

–
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Common Polyatomic Ions

Name Formula Where you find it

Ammonium NH Soluble salts, fertilizer

Cyanide CN Toxic, in some plant products and dyes

Hydroxide OH In bases and some minerals

Peroxide O In bleaches and disinfectants

Acetate C H O In vinegar

Perchlorate ClO Soluble salts and explosives, a strong acid

Chlorate ClO Similar to perchlorates but less stable

Chlorite ClO
Disinfectants and bleaches, some explosive
salts

Hypochlorite ClO
Disinfectants and bleaches, most salts
unstable

Nitrate NO
Soluble salts, fertilizer, explosives, a strong
acid

Nitrite NO Preservatives for food

Carbonate CO In rock, seashells, cement; a base

Bicarbonate HCO A base (baking soda), in soda, in blood

Sulfate SO In salts, plaster, detergent, a strong acid

Bisulfate HSO Food additives

Sulfite SO Salts, food preservatives

Phosphate PO
Salts, rock, fertilizers, a strong acid, in ATP
and DNA

Outside Link

CrashCourse Chemistry: How to Speak Chemistrian (11 min)

Contributors and Attributions
Emily V Eames (City College of San Francisco)

2.6: Summary of Inorganic Nomenclature is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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2.7: Composition of Compounds
 

To understand the definition and difference between empirical formulas and chemical formulas
To understand how combustion analysis can be used to identify chemical formulas

Chemical formulas tell you how many atoms of each element are in a compound, and empirical formulas tell you the simplest or
most reduced ratio of elements in a compound. If a compound's chemical formula cannot be reduced any more, then the empirical
formula is the same as the chemical formula. Combustion analysis can determine the empirical formula of a compound, but cannot
determine the chemical formula (other techniques can though). Once known, the chemical formula can be calculated from the
empirical formula.

Empirical Formulas
An empirical formula tells us the relative ratios of different atoms in a compound. The ratios hold true on the molar level as well.
Thus, H O is composed of two atoms of hydrogen and 1 atom of oxygen. Likewise, 1.0 mole of H O is composed of 2.0 moles of
hydrogen and 1.0 mole of oxygen. We can also work backwards from molar ratios since if we know the molar amounts of each
element in a compound we can determine the empirical formula.

Mercury forms a compound with chlorine that is 73.9% mercury and 26.1% chlorine by mass. What is the empirical formula?

Solution
Let's say we had a 100 gram sample of this compound. The sample would therefore contain 73.9 grams of mercury and 26.1
grams of chlorine. How many moles of each atom do the individual masses represent?

For Mercury:

For Chlorine:

What is the molar ratio between the two elements?

Thus, we have twice as many moles (i.e. atoms) of  as . The empirical formula would thus be (remember to list cation
first, anion last):

Chemical Formula from Empirical Formula
The chemical formula for a compound obtained by composition analysis is always the empirical formula. We can obtain the
chemical formula from the empirical formula if we know the molecular weight of the compound. The chemical formula will always
be some integer multiple of the empirical formula (i.e. integer multiples of the subscripts of the empirical formula). The general
flow for this approach is shown in Figure  and demonstrated in Example .

 Learning Objectives

2 2

 Example : Mercury Chloride
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Figure : The general flow chart for solving empirical formulas from known mass percentages.
Flowchart. From mass % elements, calculate the grams of each element. Then, use atomic weights to calculate the moles of each
element. Then, assign empirical formula by calculating the molar ratio for each element.

Vitamin C (ascorbic acid) contains 40.92 % C, 4.58 % H, and 54.50 % O, by mass. The experimentally determined molecular
mass is 176 amu. What is the empirical and chemical formula for ascorbic acid?

Solution
Consider an arbitrary amount of 100 grams of ascorbic acid, so we would have:

40.92 grams C
4.58 grams H
54.50 grams O

This would give us how many moles of each element?

Carbon

Hydrogen

Oxygen

Determine the simplest whole number ratio by dividing by the smallest molar amount (3.406 moles in this case - see oxygen):

Carbon

Hydrogen

 Example : Ascorbic Acid
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Oxygen

The relative molar amounts of carbon and oxygen appear to be equal, but the relative molar amount of hydrogen is higher.
Since we cannot have "fractional" atoms in a compound, we need to normalize the relative amount of hydrogen to be equal to
an integer. 1.333 would appear to be 1 and 1/3, so if we multiply the relative amounts of each atom by '3', we should be able to
get integer values for each atom.

C = (1.0)*3 = 3

H = (1.333)*3 = 4

O = (1.0)*3 = 3

or

This is our empirical formula for ascorbic acid.

What about the chemical formula? We are told that the experimentally determined molecular mass is 176 amu. What is the
molecular mass of our empirical formula?

(3*12.011) + (4*1.008) + (3*15.999) = 88.062 amu

The molecular mass from our empirical formula is significantly lower than the experimentally determined value. What is the
ratio between the two values?

(176 amu/88.062 amu) = 2.0

Thus, it would appear that our empirical formula is essentially one half the mass of the actual molecular mass. If we multiplied
our empirical formula by '2', then the molecular mass would be correct. Thus, the actual chemical formula is:

2* C H O  = C H O

Empirical Formulas: Empirical Formulas, YouTube(opens in new window) [youtu.be]

Combustion Analysis

When a compound containing carbon and hydrogen is subject to combustion with oxygen in a special combustion apparatus all the
carbon is converted to CO  and the hydrogen to H O (Figure ). The amount of carbon produced can be determined by
measuring the amount of CO  produced. This is trapped by the sodium hydroxide, and thus we can monitor the mass of CO

3 4 3 6 8 6

Empirical FormulasEmpirical Formulas

2 2

2 2
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produced by determining the increase in mass of the CO  trap. Likewise, we can determine the amount of H produced by the
amount of H O trapped by the magnesium perchlorate.

Figure : Combustion analysis apparatus
Diagram of a combustion chamber. O 2 enters the furnace and combusts the sample. All carbon is converted to C O 2 and all
hydrogen is converted to H 2 O in the presence of C u O in the next chamber. The next chamber is an H 2 O trap with M g (C l O 4)
2 inside. The next chamber is a C O 2 trap with N a O H inside.

One of the most common ways to determine the elemental composition of an unknown hydrocarbon is an analytical procedure
called combustion analysis. A small, carefully weighed sample of an unknown compound that may contain carbon, hydrogen,
nitrogen, and/or sulfur is burned in an oxygen atmosphere,Other elements, such as metals, can be determined by other methods. and
the quantities of the resulting gaseous products (CO , H O, N , and SO , respectively) are determined by one of several possible
methods. One procedure used in combustion analysis is outlined schematically in Figure  and a typical combustion analysis is
illustrated in Examples  and .

Figure : Steps for Obtaining an Empirical Formula from Combustion Analysis. (CC BY-NC-SA; anonymous)

What is the empirical formulate for isopropyl alcohol (which contains only C, H and O) if the combustion of a 0.255 grams
isopropyl alcohol sample produces 0.561 grams of CO  and 0.306 grams of H O?

2

2

2 2 2 2

 Example : Combustion of Isopropyl Alcohol
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Solution
From this information quantitate the amount of C and H in the sample.

Since one mole of CO  is made up of one mole of C and two moles of O, if we have 0.0128 moles of CO  in our sample, then
we know we have 0.0128 moles of C in the sample. How many grams of C is this?

How about the hydrogen?

Since one mole of H O is made up of one mole of oxygen and two moles of hydrogen, if we have 0.017 moles of H O, then we
have 2*(0.017) = 0.034 moles of hydrogen. Since hydrogen is about 1 gram/mole, we must have 0.034 grams of hydrogen in
our original sample.

When we add our carbon and hydrogen together we get:

0.154 grams (C) + 0.034 grams (H) = 0.188 grams

But we know we combusted 0.255 grams of isopropyl alcohol. The 'missing' mass must be from the oxygen atoms in the
isopropyl alcohol:

0.255 grams - 0.188 grams = 0.067 grams oxygen

This much oxygen is how many moles?

Overall therefore, we have:

0.0128 moles Carbon
0.0340 moles Hydrogen
0.0042 moles Oxygen

Divide by the smallest molar amount to normalize:

C = 3.05 atoms
H = 8.1 atoms
O = 1 atom

Within experimental error, the most likely empirical formula for propanol would be 

Naphthalene, the active ingredient in one variety of mothballs, is an organic compound that contains carbon and hydrogen only.
Complete combustion of a 20.10 mg sample of naphthalene in oxygen yielded 69.00 mg of CO  and 11.30 mg of H O.
Determine the empirical formula of naphthalene.

Given: mass of sample and mass of combustion products

Asked for: empirical formula

Strategy:

2 2

2 2

 Example : Combustion of Naphalene

2 2
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A. Use the masses and molar masses of the combustion products, CO  and H O, to calculate the masses of carbon and
hydrogen present in the original sample of naphthalene.

B. Use those masses and the molar masses of the elements to calculate the empirical formula of naphthalene.

Solution:

A Upon combustion, 1 mol of  is produced for each mole of carbon atoms in the original sample. Similarly, 1 mol of H O
is produced for every 2 mol of hydrogen atoms present in the sample. The masses of carbon and hydrogen in the original
sample can be calculated from these ratios, the masses of CO  and H O, and their molar masses. Because the units of molar
mass are grams per mole, we must first convert the masses from milligrams to grams:

B To obtain the relative numbers of atoms of both elements present, we need to calculate the number of moles of each and
divide by the number of moles of the element present in the smallest amount:

Dividing each number by the number of moles of the element present in the smaller amount gives

Thus naphthalene contains a 1.25:1 ratio of moles of carbon to moles of hydrogen: C H . Because the ratios of the
elements in the empirical formula must be expressed as small whole numbers, multiply both subscripts by 4, which gives C H
as the empirical formula of naphthalene. In fact, the chemical formula of naphthalene is C H , which is consistent with our
results.

a. Xylene, an organic compound that is a major component of many gasoline blends, contains carbon and hydrogen only.
Complete combustion of a 17.12 mg sample of xylene in oxygen yielded 56.77 mg of CO  and 14.53 mg of H O.
Determine the empirical formula of xylene.

b. The empirical formula of benzene is CH (its chemical formula is C H ). If 10.00 mg of benzene is subjected to combustion
analysis, what mass of CO  and H O will be produced?

Answer a

The empirical formula is C H . (The chemical formula of xylene is actually C H .)

Answer b

33.81 mg of CO ; 6.92 mg of H O

2 2
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Combustion Analysis: Combustion Analysis, YouTube(opens in new window) [youtu.be]

2.7: Composition of Compounds is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

3.5: Empirical Formulas from Analysis by Micheal Blaber is licensed CC BY-NC-SA 3.0. Original source:
https://archive.cnx.org/contents/09bb192b-eeee-4363-9c97-ee6653400cd61/introduction-to-combustion-analysis.
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2.8: Determining a Chemical Formula from Experimental Data
       

In the previous section, we discussed the relationship between the bulk mass of a substance and the number of atoms or molecules
it contains (moles). Given the chemical formula of the substance, we were able to determine the amount of the substance (moles)
from its mass, and vice versa. But what if the chemical formula of a substance is unknown? In this section, we will explore how to
apply these very same principles in order to derive the chemical formulas of unknown substances from experimental mass
measurements.

Derivation of Molecular Formulas
Recall that empirical formulas are symbols representing the relative numbers of a compound’s elements. Determining the absolute
numbers of atoms that compose a single molecule of a covalent compound requires knowledge of both its empirical formula and its
molecular mass or molar mass. These quantities may be determined experimentally by various measurement techniques. Molecular
mass, for example, is often derived from the mass spectrum of the compound (see discussion of this technique in the previous
chapter on atoms and molecules). Molar mass can be measured by a number of experimental methods, many of which will be
introduced in later chapters of this text.

Molecular formulas are derived by comparing the compound’s molecular or molar mass to its empirical formula mass. As the name
suggests, an empirical formula mass is the sum of the average atomic masses of all the atoms represented in an empirical formula.
If we know the molecular (or molar) mass of the substance, we can divide this by the empirical formula mass in order to identify
the number of empirical formula units per molecule, which we designate as n:

The molecular formula is then obtained by multiplying each subscript in the empirical formula by n, as shown by the generic
empirical formula A B :

For example, consider a covalent compound whose empirical formula is determined to be CH O. The empirical formula mass for
this compound is approximately 30 amu (the sum of 12 amu for one C atom, 2 amu for two H atoms, and 16 amu for one O atom).
If the compound’s molecular mass is determined to be 180 amu, this indicates that molecules of this compound contain six times
the number of atoms represented in the empirical formula:

Molecules of this compound are then represented by molecular formulas whose subscripts are six times greater than those in the
empirical formula:

Note that this same approach may be used when the molar mass (g/mol) instead of the molecular mass (amu) is used. In this case,
we are merely considering one mole of empirical formula units and molecules, as opposed to single units and molecules.

Nicotine, an alkaloid in the nightshade family of plants that is mainly responsible for the addictive nature of cigarettes,
contains 74.02% C, 8.710% H, and 17.27% N. If 40.57 g of nicotine contains 0.2500 mol nicotine, what is the molecular
formula?

x y

Double subscripts: use braces to clarify

2

Determination of the Molecular Formula for Nicotine
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Solution
Determining the molecular formula from the provided data will require comparison of the compound’s empirical formula mass
to its molar mass. As the first step, use the percent composition to derive the compound’s empirical formula. Assuming a
convenient, a 100-g sample of nicotine yields the following molar amounts of its elements:

Next, we calculate the molar ratios of these elements.

The C-to-N and H-to-N molar ratios are adequately close to whole numbers, and so the empirical formula is C H N. The
empirical formula mass for this compound is therefore 81.13 amu/formula unit, or 81.13 g/mol formula unit.

We calculate the molar mass for nicotine from the given mass and molar amount of compound:

Comparing the molar mass and empirical formula mass indicates that each nicotine molecule contains two formula units:

Thus, we can derive the molecular formula for nicotine from the empirical formula by multiplying each subscript by two:

What is the molecular formula of a compound with a percent composition of 49.47% C, 5.201% H, 28.84% N, and 16.48% O,
and a molecular mass of 194.2 amu?

Answer

C H N O

Summary

The chemical identity of a substance is defined by the types and relative numbers of atoms composing its fundamental entities
(molecules in the case of covalent compounds, ions in the case of ionic compounds). A compound’s percent composition provides
the mass percentage of each element in the compound, and it is often experimentally determined and used to derive the compound’s
empirical formula. The empirical formula mass of a covalent compound may be compared to the compound’s molecular or molar
mass to derive a molecular formula.

Combustion Analysis

When a compound containing carbon and hydrogen is subject to combustion with oxygen in a special combustion apparatus all the
carbon is converted to CO  and the hydrogen to H O (Figure ). The amount of carbon produced can be determined by
measuring the amount of CO  produced. This is trapped by the sodium hydroxide, and thus we can monitor the mass of CO
produced by determining the increase in mass of the CO  trap. Likewise, we can determine the amount of H produced by the
amount of H O trapped by the magnesium perchlorate.

5 7

Exercise 
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Figure : Combustion analysis apparatus

One of the most common ways to determine the elemental composition of an unknown hydrocarbon is an analytical procedure
called combustion analysis. A small, carefully weighed sample of an unknown compound that may contain carbon, hydrogen,
nitrogen, and/or sulfur is burned in an oxygen atmosphere,Other elements, such as metals, can be determined by other methods. and
the quantities of the resulting gaseous products (CO , H O, N , and SO , respectively) are determined by one of several possible
methods. One procedure used in combustion analysis is outlined schematically in Figure  and a typical combustion analysis is
illustrated in Examples  and .

Figure : Steps for Obtaining an Empirical Formula from Combustion Analysis

What is the empirical formulate for isopropyl alcohol (which contains only C, H and O) if the combustion of a 0.255 grams
isopropyl alcohol sample produces 0.561 grams of CO  and 0.306 grams of H O?

Solution
From this information quantitate the amount of C and H in the sample.

2 2 2 2

Example : Combustion of Isopropyl Alcohol

2 2
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Since one mole of CO  is made up of one mole of C and two moles of O, if we have 0.0128 moles of CO  in our sample, then
we know we have 0.0128 moles of C in the sample. How many grams of C is this?

How about the hydrogen?

Since one mole of H O is made up of one mole of oxygen and two moles of hydrogen, if we have 0.017 moles of H O, then we
have 2*(0.017) = 0.034 moles of hydrogen. Since hydrogen is about 1 gram/mole, we must have 0.034 grams of hydrogen in
our original sample.

When we add our carbon and hydrogen together we get:

0.154 grams (C) + 0.034 grams (H) = 0.188 grams

But we know we combusted 0.255 grams of isopropyl alcohol. The 'missing' mass must be from the oxygen atoms in the
isopropyl alcohol:

0.255 grams - 0.188 grams = 0.067 grams oxygen

This much oxygen is how many moles?

Overall therefore, we have:

0.0128 moles Carbon
0.0340 moles Hydrogen
0.0042 moles Oxygen

Divide by the smallest molar amount to normalize:

C = 3.05 atoms
H = 8.1 atoms
O = 1 atom

Within experimental error, the most likely empirical formula for propanol would be 

Naphthalene, the active ingredient in one variety of mothballs, is an organic compound that contains carbon and hydrogen only.
Complete combustion of a 20.10 mg sample of naphthalene in oxygen yielded 69.00 mg of CO  and 11.30 mg of H O.
Determine the empirical formula of naphthalene.

Given: mass of sample and mass of combustion products

Asked for: empirical formula

Strategy:

A. Use the masses and molar masses of the combustion products, CO  and H O, to calculate the masses of carbon and
hydrogen present in the original sample of naphthalene.

B. Use those masses and the molar masses of the elements to calculate the empirical formula of naphthalene.

Solution:

A Upon combustion, 1 mol of CO2 is produced for each mole of carbon atoms in the original sample. Similarly, 1 mol of H O
is produced for every 2 mol of hydrogen atoms present in the sample. The masses of carbon and hydrogen in the original

2 2

2 2

Example : Combustion of Naphalene
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sample can be calculated from these ratios, the masses of CO  and H O, and their molar masses. Because the units of molar
mass are grams per mole, we must first convert the masses from milligrams to grams:

B To obtain the relative numbers of atoms of both elements present, we need to calculate the number of moles of each and
divide by the number of moles of the element present in the smallest amount:

Dividing each number by the number of moles of the element present in the smaller amount gives

Thus naphthalene contains a 1.25:1 ratio of moles of carbon to moles of hydrogen: C H . Because the ratios of the
elements in the empirical formula must be expressed as small whole numbers, multiply both subscripts by 4, which gives C H
as the empirical formula of naphthalene. In fact, the molecular formula of naphthalene is C H , which is consistent with our
results.

a. Xylene, an organic compound that is a major component of many gasoline blends, contains carbon and hydrogen only.
Complete combustion of a 17.12 mg sample of xylene in oxygen yielded 56.77 mg of CO  and 14.53 mg of H O.
Determine the empirical formula of xylene.

b. The empirical formula of benzene is CH (its molecular formula is C H ). If 10.00 mg of benzene is subjected to
combustion analysis, what mass of CO  and H O will be produced?

Answer a

The empirical formula is C H . (The molecular formula of xylene is actually C H .)

Answer b

33.81 mg of CO ; 6.92 mg of H O       

Contributors and Attributions
Mike Blaber (Florida State University)

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).

2.8: Determining a Chemical Formula from Experimental Data is shared under a not declared license and was authored, remixed, and/or curated
by LibreTexts.
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2.9: Writing and Balancing Chemical Equations

To describe a chemical reaction.
To calculate the quantities of compounds produced or consumed in a chemical reaction

What happens to matter when it undergoes chemical changes? The Law of conservation of mass says that "Atoms are neither
created, nor destroyed, during any chemical reaction." Thus, the same collection of atoms is present after a reaction as before the
reaction. The changes that occur during a reaction just involve the rearrangement of atoms. In this section we will discuss
stoichiometry (the "measurement of elements").

Chemical Equations
As shown in Figure , applying a small amount of heat to a pile of orange ammonium dichromate powder results in a vigorous
reaction known as the ammonium dichromate volcano. Heat, light, and gas are produced as a large pile of fluffy green
chromium(III) oxide forms. This reaction is described with a chemical equation, an expression that gives the identities and
quantities of the substances in a chemical reaction.

Figure : An Ammonium Dichromate Volcano: Change during a Chemical Reaction. The starting material is solid ammonium
dichromate. A chemical reaction transforms it to solid chromium(III) oxide, depicted showing a portion of its chained structure,
nitrogen gas, and water vapor (in addition, energy in the form of heat and light is released). During the reaction, the distribution of
atoms changes, but the number of atoms of each element does not change. Because the numbers of each type of atom are the same
in the reactants and the products, the chemical equation is balanced. (CC BY-SA 3.0; Mikk Mihkel Vaabel via Wikipedia). See
video here: www.youtube.com/watch?v=CW4hN0dYnkM

Chemical reactions are represented on paper by chemical equations. For example, hydrogen gas (H ) can react (burn) with oxygen
gas (O ) to form water (H O). The chemical equation for this reaction is written as:

Chemical formulas and other symbols are used to indicate the starting materials, or reactants, which by convention are written on
the left side of the equation, and the final compounds, or products, which are written on the right. An arrow points from the reactant
to the products. The chemical reaction for the ammonium dichromate volcano in Figure  is

The arrow is read as “yields” or “reacts to form.” Equation  indicates that ammonium dichromate (the reactant) yields
chromium(III) oxide, nitrogen, and water (the products). The equation for this reaction is even more informative when written as
follows:

Equation  is identical to Equation  except for the addition of abbreviations in parentheses to indicate the physical state of
each species. The abbreviations are (s) for solid, (l) for liquid, (g) for gas, and (aq) for an aqueous solution, a solution of the
substance in water.

 Learning Objectives
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Consistent with the law of conservation of mass, the numbers of each type of atom are the same on both sides of Equations 
and . Each side of the reaction has two chromium atoms, seven oxygen atoms, two nitrogen atoms, and eight hydrogen atoms.

In a balanced chemical equation, both the numbers of each type of atom and the total charge are the same on both sides. Equations
 and  are balanced chemical equations. What is different on each side of the equation is how the atoms are arranged to

make molecules or ions. A chemical reaction represents a change in the distribution of atoms, but not in the number of atoms. In
this reaction, and in most chemical reactions, bonds are broken in the reactants (here, Cr–O and N–H bonds), and new bonds are
formed to create the products (here, O–H and N≡N bonds). If the numbers of each type of atom are different on the two sides of a
chemical equation, then the equation is unbalanced, and it cannot correctly describe what happens during the reaction. To proceed,
the equation must first be balanced.

A chemical reaction changes only the distribution of atoms, not the number of atoms.

Introduction to Chemical Reaction Equations: Introduction to Chemical Reaction Equations, YouTube(opens in new window)
[youtu.be]

Balancing Simple Chemical Equations

When a chemist encounters a new reaction, it does not usually come with a label that shows the balanced chemical equation.
Instead, the chemist must identify the reactants and products and then write them in the form of a chemical equation that may or
may not be balanced as first written. Consider, for example, the combustion of n-heptane ( ), an important component of
gasoline:

The complete combustion of any hydrocarbon with sufficient oxygen always yields carbon dioxide and water.

Figure : An Example of a Combustion Reaction. The wax in a candle is a high-molecular-mass hydrocarbon, which produces
gaseous carbon dioxide and water vapor in a combustion reaction (Equation ).

Equation  is not balanced: the numbers of each type of atom on the reactant side of the equation (7 carbon atoms, 16 hydrogen
atoms, and 2 oxygen atoms) is not the same as the numbers of each type of atom on the product side (1 carbon atom, 2 hydrogen
atoms, and 3 oxygen atoms). Consequently, the coefficients of the reactants and products must be adjusted to give the same
numbers of atoms of each type on both sides of the equation. Because the identities of the reactants and products are fixed, the
equation cannot be balanced by changing the subscripts of the reactants or the products. To do so would change the chemical
identity of the species being described, as illustrated in Figure .

Introduction to Chemical Reaction EquaIntroduction to Chemical Reaction Equa……
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Figure : Balancing Equations. You cannot change subscripts in a chemical formula to balance a chemical equation; you can
change only the coefficients. Changing subscripts changes the ratios of atoms in the molecule and the resulting chemical properties.
For example, water (H O) and hydrogen peroxide (H O ) are chemically distinct substances. H O  decomposes to H O and O  gas
when it comes in contact with the metal platinum, whereas no such reaction occurs between water and platinum.

Left: Example of changing coefficients or subscripts. Right: Platinum dissolving in hydrogen peroxide.

Balancing Combustion Reactions: Balancing Combustions Reactions, YouTube(opens in new window) [youtu.be]

The simplest and most generally useful method for balancing chemical equations is “inspection,” better known as trial and error.
The following is an efficient approach to balancing a chemical equation using this method.

1. Identify the most complex substance.
2. Beginning with that substance, choose an element that appears in only one reactant and one product, if possible. Adjust the

coefficients to obtain the same number of atoms of this element on both sides.
3. Balance polyatomic ions (if present) as a unit.
4. Balance the remaining atoms, usually ending with the least complex substance and using fractional coefficients if

necessary. If a fractional coefficient has been used, multiply both sides of the equation by the denominator to obtain whole
numbers for the coefficients.

5. Check your work by counting the numbers of atoms of each kind on both sides of the equation to be sure that the chemical
equation is balanced.

To demonstrate this approach, let’s use the combustion of n-heptane (Equation ) as an example.

1. Identify the most complex substance. The most complex substance is the one with the largest number of different atoms,
which is . We will assume initially that the final balanced chemical equation contains 1 molecule or formula unit of
this substance.

2 2 2 2 2 2 2

Balancing Combustion ReactionsBalancing Combustion Reactions

 Steps in Balancing a Chemical Equation

 Example : Combustion of Heptane

https://libretexts.org/
https://chem.libretexts.org/@go/page/211168?pdf
https://youtu.be/yE3bHIEslJc
https://www.youtube.com/watch?v=yE3bHIEslJc


2.9.4 https://chem.libretexts.org/@go/page/211168

2. Adjust the coefficients. Try to adjust the coefficients of the molecules on the other side of the equation to obtain the same
numbers of atoms on both sides. Because one molecule of n-heptane contains 7 carbon atoms, we need 7 CO  molecules,
each of which contains 1 carbon atom, on the right side:

3. Balance polyatomic ions as a unit. There are no polyatomic ions to be considered in this reaction.
4. Balance the remaining atoms. Because one molecule of n-heptane contains 16 hydrogen atoms, we need 8 H2O

molecules, each of which contains 2 hydrogen atoms, on the right side:

The carbon and hydrogen atoms are now balanced, but we have 22 oxygen atoms on the right side and only 2 oxygen atoms
on the left. We can balance the oxygen atoms by adjusting the coefficient in front of the least complex substance, O , on the
reactant side:

5. Check your work. The equation is now balanced, and there are no fractional coefficients: there are 7 carbon atoms, 16
hydrogen atoms, and 22 oxygen atoms on each side. Always check to be sure that a chemical equation is balanced.The
assumption that the final balanced chemical equation contains only one molecule or formula unit of the most complex
substance is not always valid, but it is a good place to start.

Consider, for example, a similar reaction, the combustion of isooctane ( ). Because the combustion of any hydrocarbon
with oxygen produces carbon dioxide and water, the unbalanced chemical equation is as follows:

1. Identify the most complex substance. Begin the balancing process by assuming that the final balanced chemical equation
contains a single molecule of isooctane.

2. Adjust the coefficients. The first element that appears only once in the reactants is carbon: 8 carbon atoms in isooctane
means that there must be 8 CO  molecules in the products:

3. Balance polyatomic ions as a unit. This step does not apply to this equation.
4. Balance the remaining atoms. Eighteen hydrogen atoms in isooctane means that there must be 9 H O molecules in the

products:

The carbon and hydrogen atoms are now balanced, but we have 25 oxygen atoms on the right side and only 2 oxygen atoms
on the left. We can balance the least complex substance, O , but because there are 2 oxygen atoms per O  molecule, we
must use a fractional coefficient (25/2) to balance the oxygen atoms:

Equation  is now balanced, but we usually write equations with whole-number coefficients. We can eliminate the
fractional coefficient by multiplying all coefficients on both sides of the chemical equation by 2:

5. Check your work. The balanced chemical equation has 16 carbon atoms, 36 hydrogen atoms, and 50 oxygen atoms on
each side.

2

2

 Example : Combustion of Isooctane
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Balancing Complex Chemical Equations: Balancing Complex Chemical Equations, YouTube(opens in new window) [youtu.be]

Balancing equations requires some practice on your part as well as some common sense. If you find yourself using very large
coefficients or if you have spent several minutes without success, go back and make sure that you have written the formulas of the
reactants and products correctly.

The reaction of the mineral hydroxyapatite ( ) with phosphoric acid and water gives  (calcium
dihydrogen phosphate monohydrate). Write and balance the equation for this reaction.

Hydroxyapatite ( ) crystal

Given: reactants and product

Asked for: balanced chemical equation

Strategy:

A. Identify the product and the reactants and then write the unbalanced chemical equation.
B. Follow the steps for balancing a chemical equation.

Solution:

A We must first identify the product and reactants and write an equation for the reaction. The formulas for hydroxyapatite and
calcium dihydrogen phosphate monohydrate are given in the problem (recall that phosphoric acid is H PO ). The initial
(unbalanced) equation is as follows:

1. B Identify the most complex substance. We start by assuming that only one molecule or formula unit of the most complex
substance, , appears in the balanced chemical equation.

2. Adjust the coefficients. Because calcium is present in only one reactant and one product, we begin with it. One formula unit
of  contains 5 calcium atoms, so we need 5 Ca(H PO ) •H O on the right side:

Balancing Complex Chemical EquationsBalancing Complex Chemical Equations

 Example : Hydroxyapatite

Extra close brace or missing open brace

3 4

2 4 2 2
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3. Balance polyatomic ions as a unit. It is usually easier to balance an equation if we recognize that certain combinations of
atoms occur on both sides. In this equation, the polyatomic phosphate ion (PO ), shows up in three places. In H PO , the
phosphate ion is combined with three H  ions to make phosphoric acid (H PO ), whereas in Ca(H PO ) • H O it is combined
with two H  ions to give the dihydrogen phosphate ion. Thus it is easier to balance PO  as a unit rather than counting
individual phosphorus and oxygen atoms. There are 10 PO  units on the right side but only 4 on the left. The simplest way to
balance the PO  units is to place a coefficient of 7 in front of H PO :

Although OH  is also a polyatomic ion, it does not appear on both sides of the equation. So oxygen and hydrogen must be
balanced separately.

4. Balance the remaining atoms. We now have 30 hydrogen atoms on the right side but only 24 on the left. We can balance
the hydrogen atoms using the least complex substance, H O, by placing a coefficient of 4 in front of H O on the left side,
giving a total of 4 H O molecules:

The equation is now balanced. Even though we have not explicitly balanced the oxygen atoms, there are 41 oxygen atoms on
each side.

5. Check your work. Both sides of the equation contain 5 calcium atoms, 10 phosphorus atoms, 30 hydrogen atoms, and 41
oxygen atoms.

Fermentation is a biochemical process that enables yeast cells to live in the absence of oxygen. Humans have exploited it for
centuries to produce wine and beer and make bread rise. In fermentation, sugars such as glucose are converted to ethanol (

 and carbon dioxide . Write a balanced chemical reaction for the fermentation of glucose.

Commercial use of fermentation. (a) Microbrewery vats are used to prepare beer. (b) The fermentation of glucose by yeast
cells is the reaction that makes beer production possible.

Answer

4
3−

3 4
+

3 4 2 4 2 2
+

4

4

4 3 4

−

2 2

2

 Exercise : Fermentation
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Balancing Reactions Which Contain Polyatomics: Balancing Reactions Which Contain Polyatomics, YouTube(opens in new
window) [youtu.be]

Interpreting Chemical Equations
In addition to providing qualitative information about the identities and physical states of the reactants and products, a balanced
chemical equation provides quantitative information. Specifically, it gives the relative amounts of reactants and products consumed
or produced in a reaction. The number of atoms, molecules, or formula units of a reactant or a product in a balanced chemical
equation is the coefficient of that species (e.g., the 4 preceding H O in Equation ). When no coefficient is written in front of a
species, the coefficient is assumed to be 1. As illustrated in Figure , the coefficients allow Equation  to be interpreted in
any of the following ways:

Two NH  ions and one Cr O  ion yield 1 formula unit of Cr O , 1 N  molecule, and 4 H O molecules.
One mole of (NH ) Cr O  yields 1 mol of Cr O , 1 mol of N , and 4 mol of H O.
A mass of 252 g of (NH ) Cr O  yields 152 g of Cr O , 28 g of N , and 72 g of H O.
A total of 6.022 × 10  formula units of (NH ) Cr O  yields 6.022 × 10  formula units of Cr O , 6.022 × 10  molecules of N ,
and 24.09 × 10  molecules of H O.

Figure : The Relationships among Moles, Masses, and Formula Units of Compounds in the Balanced Chemical Reaction for
the Ammonium Dichromate Volcano
Chemical equation: (N H 4) 2 C r 2 O 7 dissociates into C r 2 O 3, N 2, and H 2 O. Conversions are given between moles, mass,
and molecules.

These are all chemically equivalent ways of stating the information given in the balanced chemical equation, using the concepts of
the mole, molar or formula mass, and Avogadro’s number. The ratio of the number of moles of one substance to the number of
moles of another is called the mole ratio. For example, the mole ratio of  to  in Equation  is 4:1. The total mass of
reactants equals the total mass of products, as predicted by Dalton’s law of conservation of mass:

Balancing Reactions Which Contain PolBalancing Reactions Which Contain Pol……
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yield

The chemical equation does not, however, show the rate of the reaction (rapidly, slowly, or not at all) or whether energy in the form
of heat or light is given off. These issues are considered in more detail in later chapters.

An important chemical reaction was analyzed by Antoine Lavoisier, an 18th-century French chemist, who was interested in the
chemistry of living organisms as well as simple chemical systems. In a classic series of experiments, he measured the carbon
dioxide and heat produced by a guinea pig during respiration, in which organic compounds are used as fuel to produce energy,
carbon dioxide, and water. Lavoisier found that the ratio of heat produced to carbon dioxide exhaled was similar to the ratio
observed for the reaction of charcoal with oxygen in the air to produce carbon dioxide—a process chemists call combustion. Based
on these experiments, he proposed that “Respiration is a combustion, slow it is true, but otherwise perfectly similar to that of
charcoal.” Lavoisier was correct, although the organic compounds consumed in respiration are substantially different from those
found in charcoal. One of the most important fuels in the human body is glucose ( ), which is virtually the only fuel used in
the brain. Thus combustion and respiration are examples of chemical reactions.

The balanced chemical equation for the combustion of glucose in the laboratory (or in the brain) is as follows:

Construct a table showing how to interpret the information in this equation in terms of

a. a single molecule of glucose.
b. moles of reactants and products.
c. grams of reactants and products represented by 1 mol of glucose.
d. numbers of molecules of reactants and products represented by 1 mol of glucose.

The combustion of a sugar cube consisting of sucrose with a similar reaction to the combustion of glucose. from Wikipedia.

Given: balanced chemical equation

Asked for: molecule, mole, and mass relationships

Strategy:

A. Use the coefficients from the balanced chemical equation to determine both the molecular and mole ratios.
B. Use the molar masses of the reactants and products to convert from moles to grams.
C. Use Avogadro’s number to convert from moles to the number of molecules.

Solution:

This equation is balanced as written: each side has 6 carbon atoms, 18 oxygen atoms, and 12 hydrogen atoms. We can therefore
use the coefficients directly to obtain the desired information.

a. One molecule of glucose reacts with 6 molecules of O  to yield 6 molecules of CO  and 6 molecules of H O.
b. One mole of glucose reacts with 6 mol of O  to yield 6 mol of CO  and 6 mol of H O.

 Example : Combustion of Glucose

2 2 2

2 2 2
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c. To interpret the equation in terms of masses of reactants and products, we need their molar masses and the mole ratios from
part b. The molar masses in grams per mole are as follows: glucose, 180.16; O , 31.9988; CO , 44.010; and H O, 18.015.

C One mole of glucose contains Avogadro’s number (6.022 × 10 ) of glucose molecules. Thus 6.022 × 10  glucose molecules
react with (6 × 6.022 × 10 ) = 3.613 × 10  oxygen molecules to yield (6 × 6.022 × 10 ) = 3.613 × 10  molecules each of
CO  and H O.

In tabular form:

Solution to Example 3.1.2

+ →

a. 1 molecule  6 molecules  6 molecules  6 molecules

b. 1 mol  6 mol  6 mol  6 mol

c. 180.16 g  191.9928 g  264.06 g  108.09 g

d.
6.022 × 10

molecules
 

3.613 × 10
molecules

 
3.613 × 10

molecules
 

3.613 × 10
molecule

Ammonium nitrate is a common fertilizer, but under the wrong conditions it can be hazardous. In 1947, a ship loaded with
ammonium nitrate caught fire during unloading and exploded, destroying the town of Texas City, Texas.

Ammonium nitrate can be hazardous. This aerial photograph of Texas City, Texas, shows the devastation caused by the
explosion of a shipload of ammonium nitrate on April 16, 1947. For a video click here.

The explosion resulted from the following reaction:

2 2 2

23 23

23 24 23 24

2 2

23 24 24 24

 Exercise : Ammonium Nitrate Explosion
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Construct a table showing how to interpret the information in the equation in terms of

a. individual molecules and ions.
b. moles of reactants and products.
c. grams of reactants and products given 2 mol of ammonium nitrate.
d. numbers of molecules or formula units of reactants and products given 2 mol of ammonium nitrate.

Answer:

Answer to Exercise 3.1.2

→ + +

a.
2NH  ions
and 2NO

ions
 2 molecules  4 molecules  1 molecule

b. 2 mol  2 mol  4 mol  1 mol

c. 160.0864 g  56.0268 g  72.0608 g  31.9988 g

d.
1.204 × 10
formula units

 
1.204 × 10

molecules
 

2.409 × 10
molecules

 
6.022 × 10

molecules

Finding Mols and Masses of Reactants and Products Using Stoichiometric Factors (Mol Ratios): Finding Mols and Masses of
Reactants and Products Using Stoichiometric Factors, YouTube(opens in new window) [youtu.be]

Summary
A chemical reaction is described by a chemical equation that gives the identities and quantities of the reactants and the products. In
a chemical reaction, one or more substances are transformed to new substances. A chemical reaction is described by a chemical
equation, an expression that gives the identities and quantities of the substances involved in a reaction. A chemical equation shows
the starting compound(s)—the reactants—on the left and the final compound(s)—the products—on the right, separated by an
arrow. In a balanced chemical equation, the numbers of atoms of each element and the total charge are the same on both sides of
the equation. The number of atoms, molecules, or formula units of a reactant or product in a balanced chemical equation is the
coefficient of that species. The mole ratio of two substances in a chemical reaction is the ratio of their coefficients in the balanced
chemical equation.

2.9: Writing and Balancing Chemical Equations is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

3.1: Chemical Equations by Anonymous is licensed CC BY-NC-SA 3.0.
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Thumbnail: Copper from a wire is displaced by silver in a silver nitrate solution it is dipped into, and solid silver precipitates out.
(CC BY-SA 3.0 au; Toby Hudson via Wikipedia).
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3.1: How Much Carbon Dioxide?

Explain the concept of stoichiometry as it pertains to chemical reactions
Use balanced chemical equations to derive stoichiometric factors relating amounts of reactants and products
Perform stoichiometric calculations involving mass, moles, and solution molarity

A balanced chemical equation provides a great deal of information in a very succinct format. Chemical formulas provide the
identities of the reactants and products involved in the chemical change, allowing classification of the reaction. Coefficients
provide the relative numbers of these chemical species, allowing a quantitative assessment of the relationships between the
amounts of substances consumed and produced by the reaction. These quantitative relationships are known as the reaction’s
stoichiometry, a term derived from the Greek words stoicheion (meaning “element”) and metron (meaning “measure”). In this
module, the use of balanced chemical equations for various stoichiometric applications is explored.

The general approach to using stoichiometric relationships is similar in concept to the way people go about many common
activities. Cooking, for example, offers an appropriate comparison. Suppose a recipe for making eight pancakes calls for 1 cup
pancake mix,  cup milk, and one egg. The “equation” representing the preparation of pancakes per this recipe is

If two dozen pancakes are needed for a big family breakfast, the ingredient amounts must be increased proportionally according to
the amounts given in the recipe. For example, the number of eggs required to make 24 pancakes is

Balanced chemical equations are used in much the same fashion to determine the amount of one reactant required to react with a
given amount of another reactant, or to yield a given amount of product, and so forth. The coefficients in the balanced equation are
used to derive stoichiometric factors that permit computation of the desired quantity. To illustrate this idea, consider the production
of ammonia by reaction of hydrogen and nitrogen:

This equation shows that ammonia molecules are produced from hydrogen molecules in a 2:3 ratio, and stoichiometric factors may
be derived using any amount (number) unit:

These stoichiometric factors can be used to compute the number of ammonia molecules produced from a given number of
hydrogen molecules, or the number of hydrogen molecules required to produce a given number of ammonia molecules. Similar
factors may be derived for any pair of substances in any chemical equation.

 

How many moles of I  are required to react with 0.429 mol of Al according to the following equation (see Figure )?

 Learning Objectives

 Example : Moles of Reactant Required in a Reaction

2
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Figure : Aluminum and iodine react to produce aluminum iodide. The heat of the reaction vaporizes some of the solid
iodine as a purple vapor. (credit: modification of work by Mark Ott)
Three pictures showing the progression of the reaction between iodine and aluminum. The first diagram shows only a pile of
silver powder while the second diagram shows small amount of vapor forming. The final picture shows a large release of
purple vapor.

Solution

Referring to the balanced chemical equation, the stoichiometric factor relating the two substances of interest is . The
molar amount of iodine is derived by multiplying the provided molar amount of aluminum by this factor:

How many moles of Ca(OH)  are required to react with 1.36 mol of H PO  to produce Ca (PO )  according to the equation
 ?

Answer

2.04 mol

How many carbon dioxide molecules are produced when 0.75 mol of propane is combusted according to this equation?

Solution
The approach here is the same as for Example , though the absolute number of molecules is requested, not the number of
moles of molecules. This will simply require use of the moles-to-numbers conversion factor, Avogadro’s number.

The balanced equation shows that carbon dioxide is produced from propane in a 3:1 ratio:

\[\ce{\dfrac{3\: mol\: CO2}{1\: mol\: C3H8}} \label{4.4.7} \]

Using this stoichiometric factor, the provided molar amount of propane, and Avogadro’s number,

 Exercise 

2 3 4 3 4 2

 Example : Number of Product Molecules Generated by a Reaction
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How many NH  molecules are produced by the reaction of 4.0 mol of Ca(OH)  according to the following equation:

Answer

4.8 × 10  NH  molecules

These examples illustrate the ease with which the amounts of substances involved in a chemical reaction of known stoichiometry
may be related. Directly measuring numbers of atoms and molecules is, however, not an easy task, and the practical application of
stoichiometry requires that we use the more readily measured property of mass.

What mass of sodium hydroxide, NaOH, would be required to produce 16 g of the antacid milk of magnesia [magnesium
hydroxide, Mg(OH) ] by the following reaction?

Solution

The approach used previously in Examples  and  is likewise used here; that is, we must derive an appropriate
stoichiometric factor from the balanced chemical equation and use it to relate the amounts of the two substances of interest. In this
case, however, masses (not molar amounts) are provided and requested, so additional steps of the sort learned in the previous
chapter are required. The calculations required are outlined in this flowchart:

What mass of gallium oxide, Ga O , can be prepared from 29.0 g of gallium metal? The equation for the reaction is
.

Answer

39.0 g

What mass of oxygen gas, O , from the air is consumed in the combustion of 702 g of octane, C H , one of the principal
components of gasoline?

 Exercise 

3 2

24
3

 Example : Relating Masses of Reactants and Products

2

 Exercise 

2 3

 Example : Relating Masses of Reactants

2 8 18
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Solution
The approach required here is the same as for the Example , differing only in that the provided and requested masses are
both for reactant species.

What mass of CO is required to react with 25.13 g of Fe O  according to the equation ?

Answer

13.22 g

These examples illustrate just a few instances of reaction stoichiometry calculations. Numerous variations on the beginning and
ending computational steps are possible depending upon what particular quantities are provided and sought (volumes, solution
concentrations, and so forth). Regardless of the details, all these calculations share a common essential component: the use of
stoichiometric factors derived from balanced chemical equations. Figure  provides a general outline of the various
computational steps associated with many reaction stoichiometry calculations.

 Exercise 

2 3
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Figure : The flowchart depicts the various computational steps involved in most reaction stoichiometry calculations.
Schematic flowchart showing how density is used for converting volume of pure substance to mass, molar mass for mass and
moles, molarity for moles and volume of solution, Avogadro's number for moles and number of particles, and stoichiometric factor
for relating moles of one substance to another.

Airbags (Figure ) are a safety feature provided in most automobiles since the 1990s. The effective operation of an airbag
requires that it be rapidly inflated with an appropriate amount (volume) of gas when the vehicle is involved in a collision. This
requirement is satisfied in many automotive airbag systems through use of explosive chemical reactions, one common choice
being the decomposition of sodium azide, NaN . When sensors in the vehicle detect a collision, an electrical current is passed
through a carefully measured amount of NaN  to initiate its decomposition:

This reaction is very rapid, generating gaseous nitrogen that can deploy and fully inflate a typical airbag in a fraction of a second
(~0.03–0.1 s). Among many engineering considerations, the amount of sodium azide used must be appropriate for generating
enough nitrogen gas to fully inflate the air bag and ensure its proper function. For example, a small mass (~100 g) of NaN  will
generate approximately 50 L of N .

 Airbags

3

3

3

2
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Figure : Airbags deploy upon impact to minimize serious injuries to passengers. (credit: Jon Seidman)

 

Summary

A balanced chemical equation may be used to describe a reaction’s stoichiometry (the relationships between amounts of reactants
and products). Coefficients from the equation are used to derive stoichiometric factors that subsequently may be used for
computations relating reactant and product masses, molar amounts, and other quantitative properties.

Glossary

stoichiometric factor
ratio of coefficients in a balanced chemical equation, used in computations relating amounts of reactants and products

stoichiometry
relationships between the amounts of reactants and products of a chemical reaction

3.1: How Much Carbon Dioxide? is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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3.2: 4.3 Limiting Reactant, Theoretical Yield, and Percent Yield

To understand the concept of limiting reactants and quantify incomplete reactions

In all the examples discussed thus far, the reactants were assumed to be present in stoichiometric quantities. Consequently, none of
the reactants was left over at the end of the reaction. This is often desirable, as in the case of a space shuttle, where excess oxygen
or hydrogen was not only extra freight to be hauled into orbit but also an explosion hazard. More often, however, reactants are
present in mole ratios that are not the same as the ratio of the coefficients in the balanced chemical equation. As a result, one or
more of them will not be used up completely but will be left over when the reaction is completed. In this situation, the amount of
product that can be obtained is limited by the amount of only one of the reactants. The reactant that restricts the amount of product
obtained is called the limiting reactant. The reactant that remains after a reaction has gone to completion is in excess.

Consider a nonchemical example. Assume you have invited some friends for dinner and want to bake brownies for dessert. You
find two boxes of brownie mix in your pantry and see that each package requires two eggs. The balanced equation for brownie
preparation is thus

If you have a dozen eggs, which ingredient will determine the number of batches of brownies that you can prepare? Because each
box of brownie mix requires two eggs and you have two boxes, you need four eggs. Twelve eggs is eight more eggs than you need.
Although the ratio of eggs to boxes in is 2:1, the ratio in your possession is 6:1. Hence the eggs are the ingredient (reactant) present
in excess, and the brownie mix is the limiting reactant. Even if you had a refrigerator full of eggs, you could make only two batches
of brownies.

Figure : The Concept of a Limiting Reactant in the Preparation of Brownies
Reactants: 2 boxes of brownie mix + 12 eggs produces 2 batches of brownies + 8 eggs. Brownie mix is the limiting reactant. Eggs
are the reactant present in excess.

 Learning Objectives

Introduction to Limiting Reactant ProbleIntroduction to Limiting Reactant Proble……
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Introduction to Limiting Reactant Problems: Introduction to Limiting Reactant Problems, YouTube(opens in new window)
[youtu.be]

Now consider a chemical example of a limiting reactant: the production of pure titanium. This metal is fairly light (45% lighter
than steel and only 60% heavier than aluminum) and has great mechanical strength (as strong as steel and twice as strong as
aluminum). Because it is also highly resistant to corrosion and can withstand extreme temperatures, titanium has many applications
in the aerospace industry. Titanium is also used in medical implants and portable computer housings because it is light and resistant
to corrosion. Although titanium is the ninth most common element in Earth’s crust, it is relatively difficult to extract from its ores.
In the first step of the extraction process, titanium-containing oxide minerals react with solid carbon and chlorine gas to form
titanium tetrachloride ( ) and carbon dioxide.

Titanium tetrachloride is then converted to metallic titanium by reaction with molten magnesium metal at high temperature:

Because titanium ores, carbon, and chlorine are all rather inexpensive, the high price of titanium (about $100 per kilogram) is
largely due to the high cost of magnesium metal. Under these circumstances, magnesium metal is the limiting reactant in the
production of metallic titanium.

Figure : Medical use of titanium. Here is an example of its successful use in joint replacement implants. An A-P X-ray of a
pelvis showing a total hip joint replacement. The right hip joint (on the left in the photograph) has been replaced. A metal
prostheses is cemented in the top of the right femur and the head of the femur has been replaced by the rounded head of the
prosthesis. Figure courtesy of NIH (NIADDK) 9AO4 (Connie Raab)

With 1.00 kg of titanium tetrachloride and 200 g of magnesium metal, how much titanium metal can be produced according to
Equation ?

1. Determine the number of moles of each reactant.
2. Compare the mole ratio of the reactants with the ratio in the balanced chemical equation to determine which reactant is

limiting.
3. Calculate the number of moles of product that can be obtained from the limiting reactant.
4. Convert the number of moles of product to mass of product.

Step 1: To determine the number of moles of reactants present, calculate or look up their molar masses: 189.679 g/mol for
titanium tetrachloride and 24.305 g/mol for magnesium. The number of moles of each is calculated as follows:

 Solving this type of problem requires that you carry out the following steps
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Step 2: There are more moles of magnesium than of titanium tetrachloride, but the ratio is only the following:

Because the ratio of the coefficients in the balanced chemical equation is,

there is not have enough magnesium to react with all the titanium tetrachloride. If this point is not clear from the mole ratio,
calculate the number of moles of one reactant that is required for complete reaction of the other reactant. For example, there
are 8.23 mol of , so (8.23 ÷ 2) = 4.12 mol of  are required for complete reaction. Because there are 5.272 mol of

, titanium tetrachloride is present in excess. Conversely, 5.272 mol of  requires 2 × 5.272 = 10.54 mol of Mg, but
there are only 8.23 mol. Therefore, magnesium is the limiting reactant.

Step 3: Because magnesium is the limiting reactant, the number of moles of magnesium determines the number of moles of
titanium that can be formed:

Thus only 4.12 mol of Ti can be formed.

Step 4. To calculate the mass of titanium metal that can obtain, multiply the number of moles of titanium by the molar mass
of titanium (47.867 g/mol):

Here is a simple and reliable way to identify the limiting reactant in any problem of this sort:

1. Calculate the number of moles of each reactant present: 5.272 mol of  and 8.23 mol of Mg.
2. Divide the actual number of moles of each reactant by its stoichiometric coefficient in the balanced chemical equation:

3. The reactant with the smallest mole ratio is limiting. Magnesium, with a calculated stoichiometric mole ratio of 4.12, is the
limiting reactant.

Density is the mass per unit volume of a substance. If we are given the density of a substance, we can use it in stoichiometric
calculations involving liquid reactants and/or products, as Example  demonstrates.
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Ethyl acetate ( ) is the solvent in many fingernail polish removers and is used to decaffeinate coffee beans and tea
leaves. It is prepared by reacting ethanol ( ) with acetic acid ( ); the other product is water. A small amount of
sulfuric acid is used to accelerate the reaction, but the sulfuric acid is not consumed and does not appear in the balanced
chemical equation. Given 10.0 mL each of acetic acid and ethanol, how many grams of ethyl acetate can be prepared from this
reaction? The densities of acetic acid and ethanol are 1.0492 g/mL and 0.7893 g/mL, respectively.

Given: reactants, products, and volumes and densities of reactants

Asked for: mass of product

Strategy:

A. Balance the chemical equation for the reaction.
B. Use the given densities to convert from volume to mass. Then use each molar mass to convert from mass to moles.
C. Using mole ratios, determine which substance is the limiting reactant. After identifying the limiting reactant, use mole

ratios based on the number of moles of limiting reactant to determine the number of moles of product.
D. Convert from moles of product to mass of product.

Solution:

A Always begin by writing the balanced chemical equation for the reaction:

B We need to calculate the number of moles of ethanol and acetic acid that are present in 10.0 mL of each. Recall that the
density of a substance is the mass divided by the volume:

Rearranging this expression gives mass = (density)(volume). We can replace mass by the product of the density and the volume
to calculate the number of moles of each substance in 10.0 mL (remember, 1 mL = 1 cm ):

 Example : Fingernail Polish Remover

3
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C The number of moles of acetic acid exceeds the number of moles of ethanol. Because the reactants both have coefficients of
1 in the balanced chemical equation, the mole ratio is 1:1. We have 0.171 mol of ethanol and 0.175 mol of acetic acid, so
ethanol is the limiting reactant and acetic acid is in excess. The coefficient in the balanced chemical equation for the product
(ethyl acetate) is also 1, so the mole ratio of ethanol and ethyl acetate is also 1:1. This means that given 0.171 mol of ethanol,
the amount of ethyl acetate produced must also be 0.171 mol:

D The final step is to determine the mass of ethyl acetate that can be formed, which we do by multiplying the number of moles
by the molar mass:

Thus 15.1 g of ethyl acetate can be prepared in this reaction. If necessary, you could use the density of ethyl acetate (0.9003
g/cm3) to determine the volume of ethyl acetate that could be produced:

Under appropriate conditions, the reaction of elemental phosphorus and elemental sulfur produces the compound . How
much  can be prepared starting with 10.0 g of  and 30.0 g of ?

Answer

35.9 g

 Exercise 

https://libretexts.org/
https://chem.libretexts.org/@go/page/211171?pdf


3.2.6 https://chem.libretexts.org/@go/page/211171

Determining the Limiting Reactant and Theoretical Yield for a Reaction: Determining the Limiting Reactant and Theoretical Yield
for a Reaction, YouTube(opens in new window) [youtu.be]

Limiting Reactants in Solutions
The concept of limiting reactants applies to reactions carried out in solution as well as to reactions involving pure substances. If all
the reactants but one are present in excess, then the amount of the limiting reactant may be calculated as illustrated in Example

.

Because the consumption of alcoholic beverages adversely affects the performance of tasks that require skill and judgment, in
most countries it is illegal to drive while under the influence of alcohol. In almost all US states, a blood alcohol level of 0.08%
by volume is considered legally drunk. Higher levels cause acute intoxication (0.20%), unconsciousness (about 0.30%), and
even death (about 0.50%). The Breathalyzer is a portable device that measures the ethanol concentration in a person’s breath,
which is directly proportional to the blood alcohol level. The reaction used in the Breathalyzer is the oxidation of ethanol by
the dichromate ion:

When a measured volume (52.5 mL) of a suspect’s breath is bubbled through a solution of excess potassium dichromate in
dilute sulfuric acid, the ethanol is rapidly absorbed and oxidized to acetic acid by the dichromate ions. In the process, the
chromium atoms in some of the  ions are reduced from Cr  to Cr . In the presence of Ag  ions that act as a catalyst,
the reaction is complete in less than a minute. Because the  ion (the reactant) is yellow-orange and the Cr  ion (the
product) forms a green solution, the amount of ethanol in the person’s breath (the limiting reactant) can be determined quite
accurately by comparing the color of the final solution with the colors of standard solutions prepared with known amounts of
ethanol.

Determining the Limiting Reactant and Determining the Limiting Reactant and ……

 Example : Breathalyzer reaction

6+ 3+ +

3+
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A Breathalyzer reaction with a test tube before (a) and after (b) ethanol is added. When a measured volume of a suspect’s
breath is bubbled through the solution, the ethanol is oxidized to acetic acid, and the solution changes color from yellow-
orange to green. The intensity of the green color indicates the amount of ethanol in the sample.

A typical Breathalyzer ampul contains 3.0 mL of a 0.25 mg/mL solution of K Cr O  in 50% H SO  as well as a fixed
concentration of AgNO  (typically 0.25 mg/mL is used for this purpose). How many grams of ethanol must be present in 52.5
mL of a person’s breath to convert all the Cr  to Cr ?

Given: volume and concentration of one reactant

Asked for: mass of other reactant needed for complete reaction

Strategy:
A. Calculate the number of moles of  ion in 1 mL of the Breathalyzer solution by dividing the mass of K Cr O  by its

molar mass.
B. Find the total number of moles of  ion in the Breathalyzer ampul by multiplying the number of moles contained in

1 mL by the total volume of the Breathalyzer solution (3.0 mL).
C. Use the mole ratios from the balanced chemical equation to calculate the number of moles of C H OH needed to react

completely with the number of moles of ions present. Then find the mass of C H OH needed by multiplying the
number of moles of C H OH by its molar mass.

Solution:
A In any stoichiometry problem, the first step is always to calculate the number of moles of each reactant present. In this case,
we are given the mass of K Cr O  in 1 mL of solution, which can be used to calculate the number of moles of K Cr O
contained in 1 mL:

B Because 1 mol of K Cr O  produces 1 mol of  when it dissolves, each milliliter of solution contains 8.5 × 10  mol
of Cr O . The total number of moles of Cr O  in a 3.0 mL Breathalyzer ampul is thus

C The balanced chemical equation tells us that 3 mol of C H OH is needed to consume 2 mol of  ion, so the total
number of moles of C H OH required for complete reaction is

As indicated in the strategy, this number can be converted to the mass of C H OH using its molar mass:

2 2 7 2 4

3
6+ 3+

2 2 7

2 5

2 5

2 5

2 2 7 2 2 7

2 2 7
−7

2 7
2−

2 7
2−

2 5

2 5

2 5
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Thus 1.8 × 10  g or 0.18 mg of C H OH must be present. Experimentally, it is found that this value corresponds to a blood
alcohol level of 0.7%, which is usually fatal.

The compound para-nitrophenol (molar mass = 139 g/mol) reacts with sodium hydroxide in aqueous solution to generate a
yellow anion via the reaction

Chemical equation showing conversion of para-nitrophenol to its yellow-colored form with aqueous sodium hydroxide.

Because the amount of para-nitrophenol is easily estimated from the intensity of the yellow color that results when excess
 is added, reactions that produce para-nitrophenol are commonly used to measure the activity of enzymes, the catalysts

in biological systems. What volume of 0.105 M NaOH must be added to 50.0 mL of a solution containing 7.20 × 10  g of
para-nitrophenol to ensure that formation of the yellow anion is complete?

Answer

4.93 × 10  L or 49.3 μL

In Examples  and , the identities of the limiting reactants are apparent: [Au(CN) ] , LaCl , ethanol, and para-nitrophenol.
When the limiting reactant is not apparent, it can be determined by comparing the molar amounts of the reactants with their
coefficients in the balanced chemical equation. The only difference is that the volumes and concentrations of solutions of reactants,
rather than the masses of reactants, are used to calculate the number of moles of reactants, as illustrated in Example .

When aqueous solutions of silver nitrate and potassium dichromate are mixed, an exchange reaction occurs, and silver
dichromate is obtained as a red solid. The overall chemical equation for the reaction is as follows:

What mass of Ag Cr O  is formed when 500 mL of 0.17 M  are mixed with 250 mL of 0.57 M AgNO ?

Given: balanced chemical equation and volume and concentration of each reactant

Asked for: mass of product

Strategy:
A. Calculate the number of moles of each reactant by multiplying the volume of each solution by its molarity.
B. Determine which reactant is limiting by dividing the number of moles of each reactant by its stoichiometric coefficient in

the balanced chemical equation.
C. Use mole ratios to calculate the number of moles of product that can be formed from the limiting reactant. Multiply the

number of moles of the product by its molar mass to obtain the corresponding mass of product.

Solution:
A The balanced chemical equation tells us that 2 mol of AgNO (aq) reacts with 1 mol of K Cr O (aq) to form 1 mol of
Ag Cr O (s) (Figure 8.3.2). The first step is to calculate the number of moles of each reactant in the specified volumes:

−4
2 5

 Exercise 

−4

−5

2
−

3

 Example 
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B Now determine which reactant is limiting by dividing the number of moles of each reactant by its stoichiometric coefficient:

Because 0.070 < 0.085, we know that  is the limiting reactant.

C Each mole of  formed requires 2 mol of the limiting reactant ( ), so we can obtain only 0.14/2 = 0.070 mol of
. Finally, convert the number of moles of  to the corresponding mass:

The Ag  and Cr O  ions form a red precipitate of solid , while the  and  ions remain in solution. (Water
molecules are omitted from molecular views of the solutions for clarity.)

Aqueous solutions of sodium bicarbonate and sulfuric acid react to produce carbon dioxide according to the following
equation:

If 13.0 mL of 3.0 M H SO  are added to 732 mL of 0.112 M NaHCO , what mass of CO  is produced?

Answer

3.4 g

Limiting Reactant Problems Using Molarities: Limiting Reactant Problems Using Molarities, YouTube(opens in new window)
[youtu.be]eOXTliL-gNw (opens in new window)

Theoretical Yields
When reactants are not present in stoichiometric quantities, the limiting reactant determines the maximum amount of product that
can be formed from the reactants. The amount of product calculated in this way is the theoretical yield, the amount obtained if the

+
2 7

2−

 Exercise 
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reaction occurred perfectly and the purification method were 100% efficient.

In reality, less product is always obtained than is theoretically possible because of mechanical losses (such as spilling), separation
procedures that are not 100% efficient, competing reactions that form undesired products, and reactions that simply do not run to
completion, resulting in a mixture of products and reactants; this last possibility is a common occurrence. Therefore, the actual
yield, the measured mass of products obtained from a reaction, is almost always less than the theoretical yield (often much less).
The percent yield of a reaction is the ratio of the actual yield to the theoretical yield, multiplied by 100 to give a percentage:

The method used to calculate the percent yield of a reaction is illustrated in Example .

Procaine is a key component of Novocain, an injectable local anesthetic used in dental work and minor surgery. Procaine can
be prepared in the presence of H2SO4 (indicated above the arrow) by the reaction

If this reaction were carried out with 10.0 g of p-aminobenzoic acid and 10.0 g of 2-diethylaminoethanol, and 15.7 g of
procaine were isolated, what is the percent yield?

The preparation of procaine. A reaction of p-aminobenzoic acid with 2-diethylaminoethanol yields procaine and water.

Given: masses of reactants and product

Asked for: percent yield

Strategy:

A. Write the balanced chemical equation.
B. Convert from mass of reactants and product to moles using molar masses and then use mole ratios to determine which is the

limiting reactant. Based on the number of moles of the limiting reactant, use mole ratios to determine the theoretical yield.
C. Calculate the percent yield by dividing the actual yield by the theoretical yield and multiplying by 100.

Solution:

A From the formulas given for the reactants and the products, we see that the chemical equation is balanced as written.
According to the equation, 1 mol of each reactant combines to give 1 mol of product plus 1 mol of water.

B To determine which reactant is limiting, we need to know their molar masses, which are calculated from their structural
formulas: p-aminobenzoic acid (C H NO ), 137.14 g/mol; 2-diethylaminoethanol (C H NO), 117.19 g/mol. Thus the reaction
used the following numbers of moles of reactants:

The reaction requires a 1:1 mole ratio of the two reactants, so p-aminobenzoic acid is the limiting reactant. Based on the
coefficients in the balanced chemical equation, 1 mol of p-aminobenzoic acid yields 1 mol of procaine. We can therefore obtain

 Example : Novocain

7 7 2 6 15
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only a maximum of 0.0729 mol of procaine. To calculate the corresponding mass of procaine, we use its structural formula
(C13H20N2O2) to calculate its molar mass, which is 236.31 g/mol.

C The actual yield was only 15.7 g of procaine, so the percent yield (via Equation ) is

(If the product were pure and dry, this yield would indicate very good lab technique!)

Lead was one of the earliest metals to be isolated in pure form. It occurs as concentrated deposits of a distinctive ore called
galena ( ), which is easily converted to lead oxide ( ) in 100% yield by roasting in air via the following reaction:

The resulting  is then converted to the pure metal by reaction with charcoal. Because lead has such a low melting point
(327°C), it runs out of the ore-charcoal mixture as a liquid that is easily collected. The reaction for the conversion of lead oxide
to pure lead is as follows:

If 93.3 kg of  is heated with excess charcoal and 77.3 kg of pure lead is obtained, what is the percent yield?

Electrolytically refined pure (99.989 %) superficially oxidized lead nodules and a high purity (99.989 %)  lead cube for
comparison. Figure used with permission from Wikipedia.

Answer

89.2%

Percent yield can range from 0% to 100%. In the laboratory, a student will occasionally obtain a yield that appears to be greater
than 100%. This usually happens when the product is impure or is wet with a solvent such as water. If this is not the case, then the
student must have made an error in weighing either the reactants or the products. The law of conservation of mass applies even to
undergraduate chemistry laboratory experiments. A 100% yield means that everything worked perfectly, and the chemist obtained
all the product that could have been produced. Anyone who has tried to do something as simple as fill a salt shaker or add oil to a
car’s engine without spilling knows the unlikelihood of a 100% yield. At the other extreme, a yield of 0% means that no product
was obtained. A percent yield of 80%–90% is usually considered good to excellent; a yield of 50% is only fair. In part because of
the problems and costs of waste disposal, industrial production facilities face considerable pressures to optimize the yields of
products and make them as close to 100% as possible.

Summary
The stoichiometry of a balanced chemical equation identifies the maximum amount of product that can be obtained. The
stoichiometry of a reaction describes the relative amounts of reactants and products in a balanced chemical equation. A
stoichiometric quantity of a reactant is the amount necessary to react completely with the other reactant(s). If a quantity of a

 Exercise : Extraction of Lead
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reactant remains unconsumed after complete reaction has occurred, it is in excess. The reactant that is consumed first and limits the
amount of product(s) that can be obtained is the limiting reactant. To identify the limiting reactant, calculate the number of moles of
each reactant present and compare this ratio to the mole ratio of the reactants in the balanced chemical equation. The maximum
amount of product(s) that can be obtained in a reaction from a given amount of reactant(s) is the theoretical yield of the reaction.
The actual yield is the amount of product(s) actually obtained in the reaction; it cannot exceed the theoretical yield. The percent
yield of a reaction is the ratio of the actual yield to the theoretical yield, expressed as a percentage.

3.2: 4.3 Limiting Reactant, Theoretical Yield, and Percent Yield is shared under a not declared license and was authored, remixed, and/or curated
by LibreTexts.

3.7: Limiting Reactants is licensed CC BY-NC-SA 3.0.
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3.3: Solution Concentration and Solution Stoichiomentry

To describe the concentrations of solutions quantitatively

Many people have a qualitative idea of what is meant by concentration. Anyone who has made instant coffee or lemonade knows
that too much powder gives a strongly flavored, highly concentrated drink, whereas too little results in a dilute solution that may be
hard to distinguish from water. In chemistry, the concentration of a solution is the quantity of a solute that is contained in a
particular quantity of solvent or solution. Knowing the concentration of solutes is important in controlling the stoichiometry of
reactants for solution reactions. Chemists use many different methods to define concentrations, some of which are described in this
section.

Molarity

The most common unit of concentration is molarity, which is also the most useful for calculations involving the stoichiometry of
reactions in solution. The molarity (M) is defined as the number of moles of solute present in exactly 1 L of solution. It is,
equivalently, the number of millimoles of solute present in exactly 1 mL of solution:

The units of molarity are therefore moles per liter of solution (mol/L), abbreviated as . An aqueous solution that contains 1 mol
(342 g) of sucrose in enough water to give a final volume of 1.00 L has a sucrose concentration of 1.00 mol/L or 1.00 M. In
chemical notation, square brackets around the name or formula of the solute represent the molar concentration of a solute.
Therefore,

is read as “the concentration of sucrose is 1.00 molar.” The relationships between volume, molarity, and moles may be expressed as
either

or

Figure  illustrates the use of Equations  and .

Figure : Preparation of a Solution of Known Concentration Using a Solid Solute

 Learning Objectives
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Calculate the number of moles of sodium hydroxide (NaOH) in 2.50 L of 0.100 M NaOH.

Given: identity of solute and volume and molarity of solution

Asked for: amount of solute in moles

Strategy:
Use either Equation  or Equation , depending on the units given in the problem.

Solution:
Because we are given the volume of the solution in liters and are asked for the number of moles of substance, Equation  is
more useful:

Calculate the number of millimoles of alanine, a biologically important molecule, in 27.2 mL of 1.53 M alanine.

Answer

41.6 mmol

Calculations Involving Molarity (M): Calculations Involving Molarity (M), YouTube(opens in new window) [youtu.be]

Concentrations are also often reported on a mass-to-mass (m/m) basis or on a mass-to-volume (m/v) basis, particularly in clinical
laboratories and engineering applications. A concentration expressed on an m/m basis is equal to the number of grams of solute per
gram of solution; a concentration on an m/v basis is the number of grams of solute per milliliter of solution. Each measurement can
be expressed as a percentage by multiplying the ratio by 100; the result is reported as percent m/m or percent m/v. The
concentrations of very dilute solutions are often expressed in parts per million (ppm), which is grams of solute per 10  g of
solution, or in parts per billion (ppb), which is grams of solute per 10  g of solution. For aqueous solutions at 20°C, 1 ppm
corresponds to 1 μg per milliliter, and 1 ppb corresponds to 1 ng per milliliter. These concentrations and their units are summarized
in Table .

Table : Common Units of Concentration

 Example : Calculating Moles from Concentration of NaOH

 Exercise : Calculating Moles from Concentration of Alanine

Calculations Involving Molarity (M)Calculations Involving Molarity (M)
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Concentration Units

m/m g of solute/g of solution

m/v g of solute/mL of solution

ppm
g of solute/10  g of solution

μg/mL

ppb
g of solute/10  g of solution

ng/mL

The Preparation of Solutions
To prepare a solution that contains a specified concentration of a substance, it is necessary to dissolve the desired number of moles
of solute in enough solvent to give the desired final volume of solution. Figure  illustrates this procedure for a solution of
cobalt(II) chloride dihydrate in ethanol. Note that the volume of the solvent is not specified. Because the solute occupies space in
the solution, the volume of the solvent needed is almost always less than the desired volume of solution. For example, if the desired
volume were 1.00 L, it would be incorrect to add 1.00 L of water to 342 g of sucrose because that would produce more than 1.00 L
of solution. As shown in Figure , for some substances this effect can be significant, especially for concentrated solutions.

Figure : Preparation of 250 mL of a Solution of (NH ) Cr O  in Water. The solute occupies space in the solution, so less than
250 mL of water are needed to make 250 mL of solution.

45 milliliters of water remain in the graduated cylinder even after addition to the mark of the volumetric flask.

The solution contains 10.0 g of cobalt(II) chloride dihydrate, CoCl •2H O, in enough ethanol to make exactly 500 mL of
solution. What is the molar concentration of ?

Given: mass of solute and volume of solution

Asked for: concentration (M)

Strategy:
To find the number of moles of , divide the mass of the compound by its molar mass. Calculate the molarity of the
solution by dividing the number of moles of solute by the volume of the solution in liters.

Solution:
The molar mass of CoCl •2H O is 165.87 g/mol. Therefore,

The volume of the solution in liters is

6
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Molarity is the number of moles of solute per liter of solution, so the molarity of the solution is

The solution shown in Figure  contains 90.0 g of (NH ) Cr O  in enough water to give a final volume of exactly 250 mL.
What is the molar concentration of ammonium dichromate?

Answer

To prepare a particular volume of a solution that contains a specified concentration of a solute, we first need to calculate the
number of moles of solute in the desired volume of solution using the relationship shown in Equation . We then convert the
number of moles of solute to the corresponding mass of solute needed. This procedure is illustrated in Example .

The so-called D5W solution used for the intravenous replacement of body fluids contains 0.310 M glucose. (D5W is an
approximately 5% solution of dextrose [the medical name for glucose] in water.) Calculate the mass of glucose necessary to
prepare a 500 mL pouch of D5W. Glucose has a molar mass of 180.16 g/mol.

Given: molarity, volume, and molar mass of solute

Asked for: mass of solute

Strategy:
A. Calculate the number of moles of glucose contained in the specified volume of solution by multiplying the volume of the

solution by its molarity.
B. Obtain the mass of glucose needed by multiplying the number of moles of the compound by its molar mass.

Solution:
A We must first calculate the number of moles of glucose contained in 500 mL of a 0.310 M solution:

B We then convert the number of moles of glucose to the required mass of glucose:

Another solution commonly used for intravenous injections is normal saline, a 0.16 M solution of sodium chloride in water.
Calculate the mass of sodium chloride needed to prepare 250 mL of normal saline solution.

Answer

2.3 g NaCl

 Exercise 

4 2 2 7

 Example : D5W Solution

 Exercise 
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A solution of a desired concentration can also be prepared by diluting a small volume of a more concentrated solution with
additional solvent. A stock solution is a commercially prepared solution of known concentration and is often used for this purpose.
Diluting a stock solution is preferred because the alternative method, weighing out tiny amounts of solute, is difficult to carry out
with a high degree of accuracy. Dilution is also used to prepare solutions from substances that are sold as concentrated aqueous
solutions, such as strong acids.

The procedure for preparing a solution of known concentration from a stock solution is shown in Figure . It requires
calculating the number of moles of solute desired in the final volume of the more dilute solution and then calculating the volume of
the stock solution that contains this amount of solute. Remember that diluting a given quantity of stock solution with solvent does
not change the number of moles of solute present. The relationship between the volume and concentration of the stock solution and
the volume and concentration of the desired diluted solution is therefore

where the subscripts s and d indicate the stock and dilute solutions, respectively. Example  demonstrates the calculations
involved in diluting a concentrated stock solution.

Figure : Preparation of a Solution of Known Concentration by Diluting a Stock Solution. (a) A volume (V ) containing the
desired moles of solute (M ) is measured from a stock solution of known concentration. (b) The measured volume of stock solution
is transferred to a second volumetric flask. (c) The measured volume in the second flask is then diluted with solvent up to the
volumetric mark [(V )(M ) = (V )(M )].

What volume of a 3.00 M glucose stock solution is necessary to prepare 2500 mL of the D5W solution in Example ?

Given: volume and molarity of dilute solution

Asked for: volume of stock solution

Strategy:
A. Calculate the number of moles of glucose contained in the indicated volume of dilute solution by multiplying the volume of

the solution by its molarity.
B. To determine the volume of stock solution needed, divide the number of moles of glucose by the molarity of the stock

solution.

Solution:
A The D5W solution in Example 4.5.3 was 0.310 M glucose. We begin by using Equation 4.5.4 to calculate the number of
moles of glucose contained in 2500 mL of the solution:

s

s

s s d d

 Example 
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B We must now determine the volume of the 3.00 M stock solution that contains this amount of glucose:

In determining the volume of stock solution that was needed, we had to divide the desired number of moles of glucose by the
concentration of the stock solution to obtain the appropriate units. Also, the number of moles of solute in 258 mL of the stock
solution is the same as the number of moles in 2500 mL of the more dilute solution; only the amount of solvent has changed.
The answer we obtained makes sense: diluting the stock solution about tenfold increases its volume by about a factor of 10
(258 mL → 2500 mL). Consequently, the concentration of the solute must decrease by about a factor of 10, as it does (3.00 M
→ 0.310 M).

We could also have solved this problem in a single step by solving Equation 4.5.4 for V  and substituting the appropriate
values:

As we have noted, there is often more than one correct way to solve a problem.

What volume of a 5.0 M NaCl stock solution is necessary to prepare 500 mL of normal saline solution (0.16 M NaCl)?

Answer

16 mL

Ion Concentrations in Solution
In Example , the concentration of a solution containing 90.00 g of ammonium dichromate in a final volume of 250 mL were
calculated to be 1.43 M. Let’s consider in more detail exactly what that means. Ammonium dichromate is an ionic compound that
contains two NH  ions and one Cr O  ion per formula unit. Like other ionic compounds, it is a strong electrolyte that dissociates
in aqueous solution to give hydrated NH  and Cr O  ions:

Thus 1 mol of ammonium dichromate formula units dissolves in water to produce 1 mol of Cr O  anions and 2 mol of NH
cations (see Figure ).

s
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Figure : Dissolution of 1 mol of an Ionic Compound. In this case, dissolving 1 mol of (NH ) Cr O  produces a solution that
contains 1 mol of Cr O  ions and 2 mol of NH  ions. (Water molecules are omitted from a molecular view of the solution for
clarity.)
1 mol of ammonium dichromate is shown in a 1 liter volumetric flask. The resulting volumetric flask on the right contains 1 liter of
solution after being dissolved with water. Powdered form of ammonium dichromate is also included in diagram.

When carrying out a chemical reaction using a solution of a salt such as ammonium dichromate, it is important to know the
concentration of each ion present in the solution. If a solution contains 1.43 M (NH ) Cr O , then the concentration of Cr O
must also be 1.43 M because there is one Cr O  ion per formula unit. However, there are two NH  ions per formula unit, so the
concentration of NH  ions is 2 × 1.43 M = 2.86 M. Because each formula unit of (NH ) Cr O  produces three ions when
dissolved in water (2NH  + 1Cr O ), the total concentration of ions in the solution is 3 × 1.43 M = 4.29 M.

Concentration of Ions in Solution from a Soluble Salt: Concentration of Ions in Solution from a Soluble Salt, YouTube(opens in
new window) [youtu.be]

What are the concentrations of all species derived from the solutes in these aqueous solutions?

a. 0.21 M NaOH
b. 3.7 M (CH ) CHOH
c. 0.032 M In(NO )

Given: molarity

Asked for: concentrations

Strategy:
A Classify each compound as either a strong electrolyte or a nonelectrolyte.

B If the compound is a nonelectrolyte, its concentration is the same as the molarity of the solution. If the compound is a strong
electrolyte, determine the number of each ion contained in one formula unit. Find the concentration of each species by
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multiplying the number of each ion by the molarity of the solution.

Solution:
1. Sodium hydroxide is an ionic compound that is a strong electrolyte (and a strong base) in aqueous solution:

B Because each formula unit of NaOH produces one Na  ion and one OH  ion, the concentration of each ion is the same as
the concentration of NaOH: [Na ] = 0.21 M and [OH ] = 0.21 M.

2. A The formula (CH ) CHOH represents 2-propanol (isopropyl alcohol) and contains the –OH group, so it is an alcohol.
Recall from Section 4.1 that alcohols are covalent compounds that dissolve in water to give solutions of neutral molecules.
Thus alcohols are nonelectrolytes.

B The only solute species in solution is therefore (CH ) CHOH molecules, so [(CH ) CHOH] = 3.7 M.

3. A Indium nitrate is an ionic compound that contains In  ions and NO  ions, so we expect it to behave like a strong
electrolyte in aqueous solution:

B One formula unit of In(NO )  produces one In  ion and three NO  ions, so a 0.032 M In(NO )  solution contains 0.032
M In  and 3 × 0.032 M = 0.096 M NO —that is, [In ] = 0.032 M and [NO ] = 0.096 M.

What are the concentrations of all species derived from the solutes in these aqueous solutions?

a. 0.0012 M Ba(OH)
b. 0.17 M Na SO
c. 0.50 M (CH ) CO, commonly known as acetone

Answer a

Answer b

Answer c

Summary

Solution concentrations are typically expressed as molarities and can be prepared by dissolving a known mass of solute in a solvent
or diluting a stock solution.

definition of molarity:

relationship among volume, molarity, and moles:
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relationship between volume and concentration of stock and dilute solutions:

The concentration of a substance is the quantity of solute present in a given quantity of solution. Concentrations are usually
expressed in terms of molarity, defined as the number of moles of solute in 1 L of solution. Solutions of known concentration can
be prepared either by dissolving a known mass of solute in a solvent and diluting to a desired final volume or by diluting the
appropriate volume of a more concentrated solution (a stock solution) to the desired final volume.
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4.1: Quantum Mechanics and The Atom

To apply the results of quantum mechanics to chemistry.

The paradox described by Heisenberg’s uncertainty principle and the wavelike nature of subatomic particles such as the electron
made it impossible to use the equations of classical physics to describe the motion of electrons in atoms. Scientists needed a new
approach that took the wave behavior of the electron into account. In 1926, an Austrian physicist, Erwin Schrödinger (1887–1961;
Nobel Prize in Physics, 1933), developed wave mechanics, a mathematical technique that describes the relationship between the
motion of a particle that exhibits wavelike properties (such as an electron) and its allowed energies.

Schrödinger’s unconventional approach to atomic theory was typical of his unconventional approach to life. He was notorious
for his intense dislike of memorizing data and learning from books. When Hitler came to power in Germany, Schrödinger
escaped to Italy. He then worked at Princeton University in the United States but eventually moved to the Institute for
Advanced Studies in Dublin, Ireland, where he remained until his retirement in 1955.

Although quantum mechanics uses sophisticated mathematics, you do not need to understand the mathematical details to follow
our discussion of its general conclusions. We focus on the properties of the wavefunctions that are the solutions of Schrödinger’s
equations.

Wavefunctions
A wavefunction (Ψ) is a mathematical function that relates the location of an electron at a given point in space (identified by x, y,
and z coordinates) to the amplitude of its wave, which corresponds to its energy. Thus each wavefunction is associated with a
particular energy E. The properties of wavefunctions derived from quantum mechanics are summarized here:

A wavefunction uses three variables to describe the position of an electron. A fourth variable is usually required to fully
describe the location of objects in motion. Three specify the position in space (as with the Cartesian coordinates x, y, and z), and
one specifies the time at which the object is at the specified location. For example, if you were the captain of a ship trying to
intercept an enemy submarine, you would need to know its latitude, longitude, and depth, as well as the time at which it was
going to be at this position (Figure ). For electrons, we can ignore the time dependence because we will be using standing
waves, which by definition do not change with time, to describe the position of an electron.

Figure : The Four Variables (Latitude, Longitude, Depth, and Time) required to precisely locate an object

The magnitude of the wavefunction at a particular point in space is proportional to the amplitude of the wave at that
point. Many wavefunctions are complex functions, which is a mathematical term indicating that they contain , represented

 Learning Objectives

 Erwin Schrödinger (1887–1961)
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as . Hence the amplitude of the wave has no real physical significance. In contrast, the sign of the wavefunction (either positive
or negative) corresponds to the phase of the wave, which will be important in our discussion of chemical bonding. The sign of
the wavefunction should not be confused with a positive or negative electrical charge.
The square of the wavefunction at a given point is proportional to the probability of finding an electron at that point,
which leads to a distribution of probabilities in space. The square of the wavefunction ( ) is always a real quantity [recall
that that ] and is proportional to the probability of finding an electron at a given point. More accurately, the
probability is given by the product of the wavefunction Ψ and its complex conjugate Ψ*, in which all terms that contain i are
replaced by . We use probabilities because, according to Heisenberg’s uncertainty principle, we cannot precisely specify the
position of an electron. The probability of finding an electron at any point in space depends on several factors, including the
distance from the nucleus and, in many cases, the atomic equivalent of latitude and longitude. As one way of graphically
representing the probability distribution, the probability of finding an electron is indicated by the density of colored dots, as
shown for the ground state of the hydrogen atom in Figure .
Describing the electron distribution as a standing wave leads to sets of quantum numbers that are characteristic of each
wavefunction. From the patterns of one- and two-dimensional standing waves shown previously, you might expect (correctly)
that the patterns of three-dimensional standing waves would be complex. Fortunately, however, in the 18th century, a French
mathematician, Adrien Legendre (1752–1783), developed a set of equations to describe the motion of tidal waves on the surface
of a flooded planet. Schrödinger incorporated Legendre’s equations into his wavefunctions. The requirement that the waves
must be in phase with one another to avoid cancellation and produce a standing wave results in a limited number of solutions
(wavefunctions), each of which is specified by a set of numbers called quantum numbers.
Each wavefunction is associated with a particular energy. As in Bohr’s model, the energy of an electron in an atom is
quantized; it can have only certain allowed values. The major difference between Bohr’s model and Schrödinger’s approach is
that Bohr had to impose the idea of quantization arbitrarily, whereas in Schrödinger’s approach, quantization is a natural
consequence of describing an electron as a standing wave.

Figure : Probability of Finding the Electron in the Ground State of the Hydrogen Atom at Different Points in Space. (a) The
density of the dots shows electron probability. (b) In this plot of Ψ  versus r for the ground state of the hydrogen atom, the electron
probability density is greatest at r = 0 (the nucleus) and falls off with increasing r. Because the line never actually reaches the
horizontal axis, the probability of finding the electron at very large values of r is very small but not zero.

Quantum Numbers
Schrödinger’s approach uses three quantum numbers (n, l, and m ) to specify any wavefunction. The quantum numbers provide
information about the spatial distribution of an electron. Although n can be any positive integer, only certain values of l and m  are
allowed for a given value of n.
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The Principal Quantum Number

The principal quantum number (n) tells the average relative distance of an electron from the nucleus:

As n increases for a given atom, so does the average distance of an electron from the nucleus. A negatively charged electron that is,
on average, closer to the positively charged nucleus is attracted to the nucleus more strongly than an electron that is farther out in
space. This means that electrons with higher values of n are easier to remove from an atom. All wavefunctions that have the same
value of n are said to constitute a principal shell because those electrons have similar average distances from the nucleus. As you
will see, the principal quantum number n corresponds to the n used by Bohr to describe electron orbits and by Rydberg to describe
atomic energy levels.

The Azimuthal Quantum Number

The second quantum number is often called the azimuthal quantum number (l). The value of l describes the shape of the region
of space occupied by the electron. The allowed values of l depend on the value of n and can range from 0 to n − 1:

For example, if n = 1, l can be only 0; if n = 2, l can be 0 or 1; and so forth. For a given atom, all wavefunctions that have the same
values of both n and l form a subshell. The regions of space occupied by electrons in the same subshell usually have the same
shape, but they are oriented differently in space.

Principal quantum number (n) & Orbital angular momentum (l): The Orbital Subshell:
Principal quantum number (n) & Orbital angular momentum (l): The Orbital Subshell, YouTube(opens in

new window) [youtu.be]

The Magnetic Quantum Number

The third quantum number is the magnetic quantum number ( ). The value of  describes the orientation of the region in space
occupied by an electron with respect to an applied magnetic field. The allowed values of  depend on the value of l: m  can range
from −l to l in integral steps:

For example, if ,  can be only 0; if l = 1, m  can be −1, 0, or +1; and if l = 2, m  can be −2, −1, 0, +1, or +2.

Each wavefunction with an allowed combination of n, l, and m  values describes an atomic orbital, a particular spatial distribution
for an electron. For a given set of quantum numbers, each principal shell has a fixed number of subshells, and each subshell has a
fixed number of orbitals.

Principal quantum number (n) & Orbital Principal quantum number (n) & Orbital ……
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How many subshells and orbitals are contained within the principal shell with n = 4?

Given: value of n

Asked for: number of subshells and orbitals in the principal shell

Strategy:
A. Given n = 4, calculate the allowed values of l. From these allowed values, count the number of subshells.
B. For each allowed value of l, calculate the allowed values of m . The sum of the number of orbitals in each subshell is the

number of orbitals in the principal shell.

Solution:
A We know that l can have all integral values from 0 to n − 1. If n = 4, then l can equal 0, 1, 2, or 3. Because the shell has four
values of l, it has four subshells, each of which will contain a different number of orbitals, depending on the allowed values of
m .

B For l = 0, m  can be only 0, and thus the l = 0 subshell has only one orbital. For l = 1, m  can be 0 or ±1; thus the l = 1
subshell has three orbitals. For l = 2, m  can be 0, ±1, or ±2, so there are five orbitals in the l = 2 subshell. The last allowed
value of l is l = 3, for which m  can be 0, ±1, ±2, or ±3, resulting in seven orbitals in the l = 3 subshell. The total number of
orbitals in the n = 4 principal shell is the sum of the number of orbitals in each subshell and is equal to n  = 16

How many subshells and orbitals are in the principal shell with n = 3?

Answer

three subshells; nine orbitals

Rather than specifying all the values of n and l every time we refer to a subshell or an orbital, chemists use an abbreviated system
with lowercase letters to denote the value of l for a particular subshell or orbital:

abbreviated system with lowercase letters to denote the value of l for a particular subshell or orbital

l = 0 1 2 3

Designation s p d f

The principal quantum number is named first, followed by the letter s, p, d, or f as appropriate. (These orbital designations are
derived from historical terms for corresponding spectroscopic characteristics: sharp, principle, diffuse, and fundamental.) A 1s
orbital has n = 1 and l = 0; a 2p subshell has n = 2 and l = 1 (and has three 2p orbitals, corresponding to m  = −1, 0, and +1); a 3d
subshell has n = 3 and l = 2 (and has five 3d orbitals, corresponding to m  = −2, −1, 0, +1, and +2); and so forth.

We can summarize the relationships between the quantum numbers and the number of subshells and orbitals as follows (Table
6.5.1):

Each principal shell has n subshells. For n = 1, only a single subshell is possible (1s); for n = 2, there are two subshells (2s and
2p); for n = 3, there are three subshells (3s, 3p, and 3d); and so forth. Every shell has an ns subshell, any shell with n ≥ 2 also
has an np subshell, and any shell with n ≥ 3 also has an nd subshell. Because a 2d subshell would require both n = 2 and l = 2,
which is not an allowed value of l for n = 2, a 2d subshell does not exist.
Each subshell has 2l + 1 orbitals. This means that all ns subshells contain a single s orbital, all np subshells contain three p
orbitals, all nd subshells contain five d orbitals, and all nf subshells contain seven f orbitals.

Each principal shell has n subshells, and each subshell has 2l + 1 orbitals.
Table : Values of n, l, and ml through n = 4

 Example : n=4 Shell Structure
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 Exercise : n=3 Shell Structure
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n l
Subshell

Designation
Number of Orbitals

in Subshell
Number of Orbitals

in Shell

1 0 1s 0 1 1

2
0 2s 0 1

4
1 2p −1, 0, 1 3

3

0 3s 0 1

91 3p −1, 0, 1 3

2 3d −2, −1, 0, 1, 2 5

4

0 4s 0 1

16
1 4p −1, 0, 1 3

2 4d −2, −1, 0, 1, 2 5

3 4f −3, −2, −1, 0, 1, 2, 3 7

Magnetic Quantum Number (ml) & Spin Quantum Number (ms): Magnetic Quantum Number (ml) & Spin Quantum Number (ms)
YouTube(opens in new window) [youtu.be] (opens in new window)

Summary

There is a relationship between the motions of electrons in atoms and molecules and their energies that is described by quantum
mechanics. Because of wave–particle duality, scientists must deal with the probability of an electron being at a particular point in
space. To do so required the development of quantum mechanics, which uses wavefunctions (Ψ) to describe the mathematical
relationship between the motion of electrons in atoms and molecules and their energies. Wavefunctions have five important
properties:

1. the wavefunction uses three variables (Cartesian axes x, y, and z) to describe the position of an electron;
2. the magnitude of the wavefunction is proportional to the intensity of the wave;
3. the probability of finding an electron at a given point is proportional to the square of the wavefunction at that point, leading to a

distribution of probabilities in space that is often portrayed as an electron density plot;
4. describing electron distributions as standing waves leads naturally to the existence of sets of quantum numbers characteristic

of each wavefunction; and
5. each spatial distribution of the electron described by a wavefunction with a given set of quantum numbers has a particular

energy.

Magnetic Quantum Number (ml) & Spin Magnetic Quantum Number (ml) & Spin ……
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Quantum numbers provide important information about the energy and spatial distribution of an electron. The principal quantum
number n can be any positive integer; as n increases for an atom, the average distance of the electron from the nucleus also
increases. All wavefunctions with the same value of n constitute a principal shell in which the electrons have similar average
distances from the nucleus. The azimuthal quantum number l can have integral values between 0 and n − 1; it describes the
shape of the electron distribution. Wavefunctions that have the same values of both n and l constitute a subshell, corresponding to
electron distributions that usually differ in orientation rather than in shape or average distance from the nucleus. The magnetic
quantum number m  can have 2l + 1 integral values, ranging from −l to +l, and describes the orientation of the electron
distribution. Each wavefunction with a given set of values of n, l, and m  describes a particular spatial distribution of an electron in
an atom, an atomic orbital.

4.1: Quantum Mechanics and The Atom is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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5.1: Electron Configurations- How Electrons Occupy Orbitals

Derive the predicted ground-state electron configurations of atoms
Identify and explain exceptions to predicted electron configurations for atoms and ions
Relate electron configurations to element classifications in the periodic table

Having introduced the basics of atomic structure and quantum mechanics, we can use our understanding of quantum numbers to
determine how atomic orbitals relate to one another. This allows us to determine which orbitals are occupied by electrons in each
atom. The specific arrangement of electrons in orbitals of an atom determines many of the chemical properties of that atom.

Orbital Energies and Atomic Structure
The energy of atomic orbitals increases as the principal quantum number, , increases. In any atom with two or more electrons, the
repulsion between the electrons makes energies of subshells with different values of  differ so that the energy of the orbitals
increases within a shell in the order s < p < d < f. Figure  depicts how these two trends in increasing energy relate. The 1s
orbital at the bottom of the diagram is the orbital with electrons of lowest energy. The energy increases as we move up to the 2s and
then 2p, 3s, and 3p orbitals, showing that the increasing n value has more influence on energy than the increasing l value for small
atoms. However, this pattern does not hold for larger atoms. The 3d orbital is higher in energy than the 4s orbital. Such overlaps
continue to occur frequently as we move up the chart.

Figure : Generalized energy-level diagram for atomic orbitals in an atom with two or more electrons (not to scale).

Electrons in successive atoms on the periodic table tend to fill low-energy orbitals first. Thus, many students find it confusing that,
for example, the 5p orbitals fill immediately after the 4d, and immediately before the 6s. The filling order is based on observed
experimental results, and has been confirmed by theoretical calculations. As the principal quantum number, n, increases, the size of
the orbital increases and the electrons spend more time farther from the nucleus. Thus, the attraction to the nucleus is weaker and
the energy associated with the orbital is higher (less stabilized). But this is not the only effect we have to take into account. Within
each shell, as the value of l increases, the electrons are less penetrating (meaning there is less electron density found close to the
nucleus), in the order s > p > d > f. Electrons that are closer to the nucleus slightly repel electrons that are farther out, offsetting the
more dominant electron–nucleus attractions slightly (recall that all electrons have −1 charges, but nuclei have +Z charges). This
phenomenon is called shielding and will be discussed in more detail in the next section. Electrons in orbitals that experience more
shielding are less stabilized and thus higher in energy. For small orbitals (1s through 3p), the increase in energy due to n is more
significant than the increase due to l; however, for larger orbitals the two trends are comparable and cannot be simply predicted. We
will discuss methods for remembering the observed order.

The arrangement of electrons in the orbitals of an atom is called the electron configuration of the atom. We describe an electron
configuration with a symbol that contains three pieces of information ( Figure ):

 Learning Objectives
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1. The number of the principal quantum shell, n,
2. The letter that designates the orbital type (the subshell, l), and
3. A superscript number that designates the number of electrons in that particular subshell.

For example, the notation 2p  (read "two–p–four") indicates four electrons in a p subshell (l = 1) with a principal quantum number
(n) of 2. The notation 3d  (read "three–d–eight") indicates eight electrons in the d subshell (i.e., l = 2) of the principal shell for
which n = 3.

Figure : The diagram of an electron configuration specifies the subshell (n and l value, with letter symbol) and superscript
number of electrons.

The Aufbau Principle

To determine the electron configuration for any particular atom, we can “build” the structures in the order of atomic numbers.
Beginning with hydrogen, and continuing across the periods of the periodic table, we add one proton at a time to the nucleus and
one electron to the proper subshell until we have described the electron configurations of all the elements. This procedure is called
the Aufbau principle, from the German word Aufbau (“to build up”). Each added electron occupies the subshell of lowest energy
available (in the order shown in Figure ), subject to the limitations imposed by the allowed quantum numbers according to the
Pauli exclusion principle. Electrons enter higher-energy subshells only after lower-energy subshells have been filled to capacity.
Figure  illustrates the traditional way to remember the filling order for atomic orbitals.

Figure : The arrow leads through each subshell in the appropriate filling order for electron configurations. This chart is
straightforward to construct. Simply make a column for all the s orbitals with each n shell on a separate row. Repeat for p, d, and f.
Be sure to only include orbitals allowed by the quantum numbers (no 1p or 2d, and so forth). Finally, draw diagonal lines from top
to bottom as shown.

Since the arrangement of the periodic table is based on the electron configurations, Figure  provides an alternative method for
determining the electron configuration. The filling order simply begins at hydrogen and includes each subshell as you proceed in
increasing Z order. For example, after filling the 3p block up to Ar, we see the orbital will be 4s (K, Ca), followed by the 3d
orbitals.
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Figure : This periodic table shows the electron configuration for each subshell. By “building up” from hydrogen, this table can
be used to determine the electron configuration for any atom on the periodic table.

 

We will now construct the ground-state electron configuration and orbital diagram for a selection of atoms in the first and second
periods of the periodic table. Orbital diagrams are pictorial representations of the electron configuration, showing the individual
orbitals and the pairing arrangement of electrons. We start with a single hydrogen atom (atomic number 1), which consists of one
proton and one electron. Referring to either Figure  or , we would expect to find the electron in the 1s orbital. By
convention, the  value is usually filled first. The electron configuration and the orbital diagram are:

Following hydrogen is the noble gas helium, which has an atomic number of 2. The helium atom contains two protons and two

electrons. The first electron has the same four quantum numbers as the hydrogen atom electron (n = 1, l = 0, m  = 0, ). The
second electron also goes into the 1s orbital and fills that orbital. The second electron has the same n, l, and m  quantum numbers,

but must have the opposite spin quantum number, . This is in accord with the Pauli exclusion principle: No two electrons
in the same atom can have the same set of four quantum numbers. For orbital diagrams, this means two arrows go in each box
(representing two electrons in each orbital) and the arrows must point in opposite directions (representing paired spins). The
electron configuration and orbital diagram of helium are:

The n = 1 shell is completely filled in a helium atom.

l

l
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The next atom is the alkali metal lithium with an atomic number of 3. The first two electrons in lithium fill the 1s orbital and have
the same sets of four quantum numbers as the two electrons in helium. The remaining electron must occupy the orbital of next
lowest energy, the 2s orbital (Figure  or ). Thus, the electron configuration and orbital diagram of lithium are:

An atom of the alkaline earth metal beryllium, with an atomic number of 4, contains four protons in the nucleus and four electrons
surrounding the nucleus. The fourth electron fills the remaining space in the 2s orbital.

An atom of boron (atomic number 5) contains five electrons. The n = 1 shell is filled with two electrons and three electrons will
occupy the n = 2 shell. Because any s subshell can contain only two electrons, the fifth electron must occupy the next energy level,
which will be a 2p orbital. There are three degenerate 2p orbitals (m  = −1, 0, +1) and the electron can occupy any one of these p
orbitals. When drawing orbital diagrams, we include empty boxes to depict any empty orbitals in the same subshell that we are
filling.

Carbon (atomic number 6) has six electrons. Four of them fill the 1s and 2s orbitals. The remaining two electrons occupy the 2p
subshell. We now have a choice of filling one of the 2p orbitals and pairing the electrons or of leaving the electrons unpaired in two
different, but degenerate, p orbitals. The orbitals are filled as described by Hund’s rule: the lowest-energy configuration for an atom
with electrons within a set of degenerate orbitals is that having the maximum number of unpaired electrons. Thus, the two electrons
in the carbon 2p orbitals have identical n, l, and m  quantum numbers and differ in their m  quantum number (in accord with the
Pauli exclusion principle). The electron configuration and orbital diagram for carbon are:

Nitrogen (atomic number 7) fills the 1s and 2s subshells and has one electron in each of the three 2p orbitals, in accordance with
Hund’s rule. These three electrons have unpaired spins. Oxygen (atomic number 8) has a pair of electrons in any one of the 2p
orbitals (the electrons have opposite spins) and a single electron in each of the other two. Fluorine (atomic number 9) has only one
2p orbital containing an unpaired electron. All of the electrons in the noble gas neon (atomic number 10) are paired, and all of the
orbitals in the n = 1 and the n = 2 shells are filled. The electron configurations and orbital diagrams of these four elements are:

l

s l
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Figure : Since the core electron shells correspond to noble gas electron configurations, we can abbreviate electron
configurations by writing the noble gas that matches the core electron configuration, along with the valence electrons in a
condensed format. For our sodium example, the symbol [Ne] represents core electrons, (1s 2s 2p ) and our abbreviated or
condensed configuration is [Ne]3s .

The alkali metal sodium (atomic number 11) has one more electron than the neon atom. This electron must go into the lowest-
energy subshell available, the 3s orbital, giving a 1s 2s 2p 3s  configuration. The electrons occupying the outermost shell orbital(s)
(highest value of n) are called valence electrons, and those occupying the inner shell orbitals are called core electrons ( Figure
\PageIndex5\PageIndex5). Since the core electron shells correspond to noble gas electron configurations, we can abbreviate
electron configurations by writing the noble gas that matches the core electron configuration, along with the valence electrons in a
condensed format. For our sodium example, the symbol [Ne] represents core electrons, (1s 2s 2p ) and our abbreviated or
condensed configuration is [Ne]3s .

Figure : A core-abbreviated electron configuration (right) replaces the core electrons with the noble gas symbol whose
configuration matches the core electron configuration of the other element.

 

Similarly, the abbreviated configuration of lithium can be represented as [He]2s , where [He] represents the configuration of the
helium atom, which is identical to that of the filled inner shell of lithium. Writing the configurations in this way emphasizes the
similarity of the configurations of lithium and sodium. Both atoms, which are in the alkali metal family, have only one electron in a
valence s subshell outside a filled set of inner shells.

The alkaline earth metal magnesium (atomic number 12), with its 12 electrons in a [Ne]3s  configuration, is analogous to its family
member beryllium, [He]2s . Both atoms have a filled s subshell outside their filled inner shells. Aluminum (atomic number 13),
with 13 electrons and the electron configuration [Ne]3s 3p , is analogous to its family member boron, [He]2s 2p .
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The electron configurations of silicon (14 electrons), phosphorus (15 electrons), sulfur (16 electrons), chlorine (17 electrons), and
argon (18 electrons) are analogous in the electron configurations of their outer shells to their corresponding family members
carbon, nitrogen, oxygen, fluorine, and neon, respectively, except that the principal quantum number of the outer shell of the
heavier elements has increased by one to n = 3. Figure  shows the lowest energy, or ground-state, electron configuration for
these elements as well as that for atoms of each of the known elements.

Figure : This version of the periodic table shows the outer-shell electron configuration of each element. Note that down each
group, the configuration is often similar.

When we come to the next element in the periodic table, the alkali metal potassium (atomic number 19), we might expect that we
would begin to add electrons to the 3d subshell. However, all available chemical and physical evidence indicates that potassium is
like lithium and sodium, and that the next electron is not added to the 3d level but is, instead, added to the 4s level (Figure  or

). As discussed previously, the 3d orbital with no radial nodes is higher in energy because it is less penetrating and more
shielded from the nucleus than the 4s, which has three radial nodes. Thus, potassium has an electron configuration of [Ar]4s .
Hence, potassium corresponds to Li and Na in its valence shell configuration. The next electron is added to complete the 4s
subshell and calcium has an electron configuration of [Ar]4s . This gives calcium an outer-shell electron configuration
corresponding to that of beryllium and magnesium.

Beginning with the transition metal scandium (atomic number 21), additional electrons are added successively to the 3d subshell.
This subshell is filled to its capacity with 10 electrons (remember that for l = 2 [d orbitals], there are 2l + 1 = 5 values of m ,
meaning that there are five d orbitals that have a combined capacity of 10 electrons). The 4p subshell fills next. Note that for three
series of elements, scandium (Sc) through copper (Cu), yttrium (Y) through silver (Ag), and lutetium (Lu) through gold (Au), a
total of 10 d electrons are successively added to the (n – 1) shell next to the n shell to bring that (n – 1) shell from 8 to 18 electrons.
For two series, lanthanum (La) through lutetium (Lu) and actinium (Ac) through lawrencium (Lr), 14 f electrons (l = 3, 2l + 1 = 7
m  values; thus, seven orbitals with a combined capacity of 14 electrons) are successively added to the (n – 2) shell to bring that
shell from 18 electrons to a total of 32 electrons.
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What is the electron configuration and orbital diagram for a phosphorus atom? What are the four quantum numbers for the last
electron added?

Solution

The atomic number of phosphorus is 15. Thus, a phosphorus atom contains 15 electrons. The order of filling of the energy
levels is 1s, 2s, 2p, 3s, 3p, 4s, . . . The 15 electrons of the phosphorus atom will fill up to the 3p orbital, which will contain
three electrons:

The last electron added is a 3p electron. Therefore, n = 3 and, for a p-type orbital, l = 1. The m  value could be –1, 0, or +1. The

three p orbitals are degenerate, so any of these m  values is correct. For unpaired electrons, convention assigns the value of 

for the spin quantum number; thus, .

Identify the atoms from the electron configurations given:

a. [Ar]4s 3d
b. [Kr]5s 4d 5p

Answer a

Mn

Answer b

Xe

 

The periodic table can be a powerful tool in predicting the electron configuration of an element. However, we do find exceptions to
the order of filling of orbitals that are shown in Figure  or . For instance, the electron configurations of the transition
metals chromium (Cr; atomic number 24) and copper (Cu; atomic number 29), among others, are not those we would expect. In
general, such exceptions involve subshells with very similar energy, and small effects can lead to changes in the order of filling.

In the case of Cr and Cu, we find that half-filled and completely filled subshells apparently represent conditions of preferred
stability. This stability is such that an electron shifts from the 4s into the 3d orbital to gain the extra stability of a half-filled 3d
subshell (in Cr) or a filled 3d subshell (in Cu). Other exceptions also occur. For example, niobium (Nb, atomic number 41) is
predicted to have the electron configuration [Kr]5s 4d . Experimentally, we observe that its ground-state electron configuration is
actually [Kr]5s 4d . We can rationalize this observation by saying that the electron–electron repulsions experienced by pairing the
electrons in the 5s orbital are larger than the gap in energy between the 5s and 4d orbitals. There is no simple method to predict the
exceptions for atoms where the magnitude of the repulsions between electrons is greater than the small differences in energy
between subshells.

Electron Configurations and the Periodic Table

As described earlier, the periodic table arranges atoms based on increasing atomic number so that elements with the same chemical
properties recur periodically. When their electron configurations are added to the table (Figure ), we also see a periodic
recurrence of similar electron configurations in the outer shells of these elements. Because they are in the outer shells of an atom,
valence electrons play the most important role in chemical reactions. The outer electrons have the highest energy of the electrons in

 Example : Quantum Numbers and Electron Configurations

l

l

 Exercise 

2 5

2 10 6

2 3

1 4
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an atom and are more easily lost or shared than the core electrons. Valence electrons are also the determining factor in some
physical properties of the elements.

Elements in any one group (or column) have the same number of valence electrons; the alkali metals lithium and sodium each have
only one valence electron, the alkaline earth metals beryllium and magnesium each have two, and the halogens fluorine and
chlorine each have seven valence electrons. The similarity in chemical properties among elements of the same group occurs
because they have the same number of valence electrons. It is the loss, gain, or sharing of valence electrons that defines how
elements react.

It is important to remember that the periodic table was developed on the basis of the chemical behavior of the elements, well before
any idea of their atomic structure was available. Now we can understand why the periodic table has the arrangement it has—the
arrangement puts elements whose atoms have the same number of valence electrons in the same group. This arrangement is
emphasized in Figure , which shows in periodic-table form the electron configuration of the last subshell to be filled by the
Aufbau principle. The colored sections of Figure  show the three categories of elements classified by the orbitals being filled:
main group, transition, and inner transition elements. These classifications determine which orbitals are counted in the valence
shell, or highest energy level orbitals of an atom.

1. Main group elements (sometimes called representative elements) are those in which the last electron added enters an s or a p
orbital in the outermost shell, shown in blue and red in Figure . This category includes all the nonmetallic elements, as well
as many metals and the intermediate semimetallic elements. The valence electrons for main group elements are those with the
highest n level. For example, gallium (Ga, atomic number 31) has the electron configuration [Ar]4s 3d 4p , which contains
three valence electrons (underlined). The completely filled d orbitals count as core, not valence, electrons.

2. Transition elements or transition metals. These are metallic elements in which the last electron added enters a d orbital. The
valence electrons (those added after the last noble gas configuration) in these elements include the ns and (n – 1) d electrons.
The official IUPAC definition of transition elements specifies those with partially filled d orbitals. Thus, the elements with
completely filled orbitals (Zn, Cd, Hg, as well as Cu, Ag, and Au in Figure ) are not technically transition elements.
However, the term is frequently used to refer to the entire d block (colored yellow in Figure ), and we will adopt this usage
in this textbook.

3. Inner transition elements are metallic elements in which the last electron added occupies an f orbital. They are shown in green
in Figure . The valence shells of the inner transition elements consist of the (n – 2)f, the (n – 1)d, and the ns subshells.
There are two inner transition series:

1. The lanthanide series: lanthanide (La) through lutetium (Lu)
2. The actinide series: actinide (Ac) through lawrencium (Lr)

Lanthanum and actinium, because of their similarities to the other members of the series, are included and used to name the series,
even though they are transition metals with no f electrons.

Electron Configurations of Ions
We have seen that ions are formed when atoms gain or lose electrons. A cation (positively charged ion) forms when one or more
electrons are removed from a parent atom. For main group elements, the electrons that were added last are the first electrons
removed. For transition metals and inner transition metals, however, electrons in the s orbital are easier to remove than the d or f
electrons, and so the highest ns electrons are lost, and then the (n – 1)d or (n – 2)f electrons are removed. An anion (negatively
charged ion) forms when one or more electrons are added to a parent atom. The added electrons fill in the order predicted by the
Aufbau principle.

What is the electron configuration and orbital diagram of:

a. Na
b. P
c. Al
d. Fe

2 10 1

 Example : Predicting Electron Configurations of Ions
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e. Sm

Solution

First, write out the electron configuration for each parent atom. We have chosen to show the full, unabbreviated configurations
to provide more practice for students who want it, but listing the core-abbreviated electron configurations is also acceptable.

Next, determine whether an electron is gained or lost. Remember electrons are negatively charged, so ions with a positive
charge have lost an electron. For main group elements, the last orbital gains or loses the electron. For transition metals, the last
s orbital loses an electron before the d orbitals.

a. Na: 1s 2s 2p 3s . Sodium cation loses one electron, so Na : 1s 2s 2p 3s  = Na : 1s 2s 2p .
b. P: 1s 2s 2p 3s 3p . Phosphorus trianion gains three electrons, so P : 1s 2s 2p 3s 3p .
c. Al: 1s 2s 2p 3s 3p . Aluminum dication loses two electrons Al : 1s 2s 2p 3s 3p  = Al : 1s 2s 2p 3s .
d. Fe: 1s 2s 2p 3s 3p 4s 3d . Iron(II) loses two electrons and, since it is a transition metal, they are removed from the 4s

orbital Fe : 1s 2s 2p 3s 3p 4s 3d  = 1s 2s 2p 3s 3p 3d .
e. Sm: 1s 2s 2p 3s 3p 4s 3d 4p 5s 4d 5p 6s 4f . Samarium trication loses three electrons. The first two will be lost from

the 6s orbital, and the final one is removed from the 4f orbital. Sm : 1s 2s 2p 3s 3p 4s 3d 4p 5s 4d 5p 6s 4f  =
1s 2s 2p 3s 3p 4s 3d 4p 5s 4d 5p 4f .

a. Which ion with a +2 charge has the electron configuration 1s 2s 2p 3s 3p 3d 4s 4p 4d ?
b. Which ion with a +3 charge has this configuration?

Answer a

Tc

Answer b

Ru

 

Summary
The relative energy of the subshells determine the order in which atomic orbitals are filled (1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, and so on).
Electron configurations and orbital diagrams can be determined by applying the Pauli exclusion principle (no two electrons can
have the same set of four quantum numbers) and Hund’s rule (whenever possible, electrons retain unpaired spins in degenerate
orbitals).

Electrons in the outermost orbitals, called valence electrons, are responsible for most of the chemical behavior of elements. In the
periodic table, elements with analogous valence electron configurations usually occur within the same group. There are some
exceptions to the predicted filling order, particularly when half-filled or completely filled orbitals can be formed. The periodic table
can be divided into three categories based on the orbital in which the last electron to be added is placed: main group elements (s
and p orbitals), transition elements (d orbitals), and inner transition elements (f orbitals).

Glossary

Aufbau principle
procedure in which the electron configuration of the elements is determined by “building” them in order of atomic numbers,
adding one proton to the nucleus and one electron to the proper subshell at a time

core electron
electron in an atom that occupies the orbitals of the inner shells

electron configuration

3+

2 2 6 1 + 2 2 6 1 + 2 2 6

2 2 6 2 3 3− 2 2 6 2 6

2 2 6 2 1 2+ 2 2 6 2 1 2+ 2 2 6 1

2 2 6 2 6 2 6

2+ 2 2 6 2 6 2 6 2 2 6 2 6 6

2 2 6 2 6 2 10 6 2 10 6 2 6

3+ 2 2 6 2 6 2 10 6 2 10 6 2 6

2 2 6 2 6 2 10 6 2 10 6 5

 Exercise 
2 2 6 2 6 10 2 6 5

2+

3+
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electronic structure of an atom in its ground state given as a listing of the orbitals occupied by the electrons

Hund’s rule
every orbital in a subshell is singly occupied with one electron before any one orbital is doubly occupied, and all electrons in
singly occupied orbitals have the same spin

orbital diagram
pictorial representation of the electron configuration showing each orbital as a box and each electron as an arrow

valence electrons
electrons in the outermost or valence shell (highest value of n) of a ground-state atom; determine how an element reacts

valence shell
outermost shell of electrons in a ground-state atom; for main group elements, the orbitals with the highest n level (s and p
subshells) are in the valence shell, while for transition metals, the highest energy s and d subshells make up the valence shell
and for inner transition elements, the highest s, d, and f subshells are included

5.1: Electron Configurations- How Electrons Occupy Orbitals is shared under a not declared license and was authored, remixed, and/or curated by
LibreTexts.

6.4: Electronic Structure of Atoms (Electron Configurations) by OpenStax is licensed CC BY 4.0. Original source:
https://openstax.org/details/books/chemistry-2e.

https://libretexts.org/
https://chem.libretexts.org/@go/page/211177?pdf
https://chem.libretexts.org/Courses/GalwayMayo_Institute_of_Technology/Chemistry_1.1_(GMIT)/05%3A_Electron_Configurations/5.01%3A_Electron_Configurations-_How_Electrons_Occupy_Orbitals
https://chem.libretexts.org/Courses/GalwayMayo_Institute_of_Technology/Chemistry_1.1_(GMIT)/05%3A_Electron_Configurations/5.01%3A_Electron_Configurations-_How_Electrons_Occupy_Orbitals?no-cache
https://chem.libretexts.org/@go/page/38177
https://openstax.org/
https://creativecommons.org/licenses/by/4.0/
https://openstax.org/details/books/chemistry-2e


5.2.1 https://chem.libretexts.org/@go/page/211178

5.2: Electron Configurations, Valence Electrons, and the Periodic Table

Describe and explain the observed trends in atomic size, ionization energy, and electron affinity of the elements

The elements in groups (vertical columns) of the periodic table exhibit similar chemical behavior. This similarity occurs because
the members of a group have the same number and distribution of electrons in their valence shells. However, there are also other
patterns in chemical properties on the periodic table. For example, as we move down a group, the metallic character of the atoms
increases. Oxygen, at the top of Group 16 (6A), is a colorless gas; in the middle of the group, selenium is a semiconducting solid;
and, toward the bottom, polonium is a silver-grey solid that conducts electricity.

As we go across a period from left to right, we add a proton to the nucleus and an electron to the valence shell with each successive
element. As we go down the elements in a group, the number of electrons in the valence shell remains constant, but the principal
quantum number increases by one each time. An understanding of the electronic structure of the elements allows us to examine
some of the properties that govern their chemical behavior. These properties vary periodically as the electronic structure of the
elements changes. They are (1) size (radius) of atoms and ions, (2) ionization energies, and (3) electron affinities.

Variation in Covalent Radius

The quantum mechanical picture makes it difficult to establish a definite size of an atom. However, there are several practical ways
to define the radius of atoms and, thus, to determine their relative sizes that give roughly similar values. We will use the covalent
radius (Figure ), which is defined as one-half the distance between the nuclei of two identical atoms when they are joined by a
covalent bond (this measurement is possible because atoms within molecules still retain much of their atomic identity).

 Learning Objectives
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Figure : (a) The radius of an atom is defined as one-half the distance between the nuclei in a molecule consisting of two
identical atoms joined by a covalent bond. The atomic radius for the halogens increases down the group as n increases. (b) Covalent
radii of the elements are shown to scale. The general trend is that radii increase down a group and decrease across a period.
This figure has two parts: a and b. In figure a, 4 diatomic molecules are shown to illustrate the method of determining the atomic
radius of an atom. The first model, in light green, is used to find the F atom radius. Two spheres are pushed very tightly together.
The distance between the centers of the two atoms is indicated above the diagram with a double headed arrow labeled, “128 p m.”
The endpoints of this arrow connect to line segments that extend to the atomic radii below. Beneath the molecule is the label, “F
radius equals 128 p m divided by 2 equals 64 p m.” The next three models are similarly used to show the atomic radii of additional
atoms. The second diatomic molecule is in a darker shade of green. The distance between the radii is 198 p m. Beneath the
molecule is the label, “C l radius equals 198 p m divided by 2 equals 99 pm.” The third diatomic molecule is in red. The distance
between the radii is 228 p m. Beneath the molecule is the label, “B r radius equals 228 p m divided by 2 equals 114 pm.” The fourth
diatomic molecule is in purple. The distance between the radii is 266 p m. Beneath the molecule is the label, “I radius equals 266 p
m divided by 2 equals 133 p m.” In figure b, a periodic table layout is used to compare relative sizes of atoms using green spheres.
No spheres are provided for the noble or inert gas, group 18 elements. General trends noted are increasing circle size moving from
top to bottom in a group, with a general tendency toward increasing atomic radii toward the lower left corner of the periodic table.

We know that as we scan down a group, the principal quantum number, n, increases by one for each element. Thus, the electrons
are being added to a region of space that is increasingly distant from the nucleus. Consequently, the size of the atom (and its
covalent radius) must increase as we increase the distance of the outermost electrons from the nucleus. This trend is illustrated for
the covalent radii of the halogens in Table  and Figure . The trends for the entire periodic table can be seen in Figure .

Table : Covalent Radii of the Halogen Group Elements

Atom Covalent radius (pm) Nuclear charge

F 64 +9

Cl 99 +17

Br 114 +35

I 133 +53

At 148 +85
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As shown in Figure , as we move across a period from left to right, we generally find that each element has a smaller covalent
radius than the element preceding it. This might seem counterintuitive because it implies that atoms with more electrons have a
smaller atomic radius. This can be explained with the concept of effective nuclear charge, . This is the pull exerted on a specific
electron by the nucleus, taking into account any electron–electron repulsions. For hydrogen, there is only one electron and so the
nuclear charge (Z) and the effective nuclear charge (Z ) are equal. For all other atoms, the inner electrons partially shield the outer
electrons from the pull of the nucleus, and thus:

Shielding is determined by the probability of another electron being between the electron of interest and the nucleus, as well as by
the electron–electron repulsions the electron of interest encounters. Core electrons are adept at shielding, while electrons in the
same valence shell do not block the nuclear attraction experienced by each other as efficiently. Thus, each time we move from one
element to the next across a period, Z increases by one, but the shielding increases only slightly. Thus, Z  increases as we move
from left to right across a period. The stronger pull (higher effective nuclear charge) experienced by electrons on the right side of
the periodic table draws them closer to the nucleus, making the covalent radii smaller.

 

Figure : Within each period, the trend in atomic radius decreases as Z increases; for example, from K to Kr. Within each group
(e.g., the alkali metals shown in purple), the trend is that atomic radius increases as Z increases.
This graph is labeled Atomic Number on the horizontal axis and Radius (p m) on the vertical axis. A black jagged line connects the
radii values for elements with atomic numbers 1 through 60 on the graph. Peaks are evident at the locations of the alkali metals: L i,
N a, K, R b, and C s. Similarly, minima exist at the locations of noble or inert gases: H e, N e, A r, K r, X e, and R n. The locations
of period 4 and period 5 transition elements are provided with green dots.

Thus, as we would expect, the outermost or valence electrons are easiest to remove because they have the highest energies, are
shielded more, and are farthest from the nucleus. As a general rule, when the representative elements form cations, they do so by
the loss of the ns or np electrons that were added last in the Aufbau process. The transition elements, on the other hand, lose the ns
electrons before they begin to lose the (n – 1)d electrons, even though the ns electrons are added first, according to the Aufbau
principle.

Predict the order of increasing covalent radius for Ge, Fl, Br, Kr.

Solution
Radius increases as we move down a group, so Ge < Fl (Note: Fl is the symbol for flerovium, element 114, NOT fluorine).
Radius decreases as we move across a period, so Kr < Br < Ge. Putting the trends together, we obtain Kr < Br < Ge < Fl.

eff

eff

 Example : Sorting Atomic Radii
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Give an example of an atom whose size is smaller than fluorine.

Answer

Ne or He

 

Variation in Ionic Radii
Ionic radius is the measure used to describe the size of an ion. A cation always has fewer electrons and the same number of protons
as the parent atom; it is smaller than the atom from which it is derived (Figure ). For example, the covalent radius of an
aluminum atom (1s 2s 2p 3s 3p ) is 118 pm, whereas the ionic radius of an Al  (1s 2s 2p ) is 68 pm. As electrons are removed
from the outer valence shell, the remaining core electrons occupying smaller shells experience a greater effective nuclear charge
Z  (as discussed) and are drawn even closer to the nucleus.

Figure : The radius for a cation is smaller than the parent atom (Al), due to the lost electrons; the radius for an anion is larger
than the parent (S), due to the gained electrons.
The figure includes spheres in green to represent the relative sizes of A l and S atoms. Beneath each of these spheres is a red sphere.
The red sphere represents the ionic states of aluminum and sulfur respectively. While radius for the aluminum cation is smaller than
aluminum, the sulfur anion has a greater radius than sulfur.

Cations with larger charges are smaller than cations with smaller charges (e.g., V  has an ionic radius of 79 pm, while that of V
is 64 pm). Proceeding down the groups of the periodic table, we find that cations of successive elements with the same charge
generally have larger radii, corresponding to an increase in the principal quantum number, n.

An anion (negative ion) is formed by the addition of one or more electrons to the valence shell of an atom. This results in a greater
repulsion among the electrons and a decrease in  per electron. Both effects (the increased number of electrons and the
decreased Z ) cause the radius of an anion to be larger than that of the parent atom ( Figure ). For example, a sulfur atom
([Ne]3s 3p ) has a covalent radius of 104 pm, whereas the ionic radius of the sulfide anion ([Ne]3s 3p ) is 170 pm. For consecutive
elements proceeding down any group, anions have larger principal quantum numbers and, thus, larger radii.

Atoms and ions that have the same electron configuration are said to be isoelectronic. Examples of isoelectronic species are N ,
O , F , Ne, Na , Mg , and Al  (1s 2s 2p ). Another isoelectronic series is P , S , Cl , Ar, K , Ca , and Sc  ([Ne]3s 3p ). For
atoms or ions that are isoelectronic, the number of protons determines the size. The greater the nuclear charge, the smaller the
radius in a series of isoelectronic ions and atoms.

Variation in Ionization Energies

The amount of energy required to remove the most loosely bound electron from a gaseous atom in its ground state is called its first
ionization energy (IE ). The first ionization energy for an element, X, is the energy required to form a cation with +1 charge:

The energy required to remove the second most loosely bound electron is called the second ionization energy (IE ).

The energy required to remove the third electron is the third ionization energy, and so on. Energy is always required to remove
electrons from atoms or ions, so ionization processes are endothermic and IE values are always positive. For larger atoms, the most
loosely bound electron is located farther from the nucleus and so is easier to remove. Thus, as size (atomic radius) increases, the

 Exercise 
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ionization energy should decrease. Relating this logic to what we have just learned about radii, we would expect first ionization
energies to decrease down a group and to increase across a period.

Figure : The first ionization energy of the elements in the first five periods are plotted against their atomic number.
This figure includes Atomic Number on the horizontal axis and, Ionization Energy (k J divided by mol) on the vertical axis. A red
jagged line connects the ionization energies for elements with atomic numbers 1 through 86 on the graph. Peaks are evident at the
locations of the noble or inert gases: H e, N e, A r, K r, X e, and R n. Similarly, minima exist at the locations of the alkali metals: L
i, N a, K, R b, and C s.

Figure  graphs the relationship between the first ionization energy and the atomic number of several elements. Within a period,
the values of first ionization energy for the elements (IE ) generally increases with increasing Z. Down a group, the IE  value
generally decreases with increasing Z. There are some systematic deviations from this trend, however. Note that the ionization
energy of boron (atomic number 5) is less than that of beryllium (atomic number 4) even though the nuclear charge of boron is
greater by one proton. This can be explained because the energy of the subshells increases as l increases, due to penetration and
shielding (as discussed previously in this chapter). Within any one shell, the s electrons are lower in energy than the p electrons.
This means that an s electron is harder to remove from an atom than a p electron in the same shell. The electron removed during the
ionization of beryllium ([He]2s ) is an s electron, whereas the electron removed during the ionization of boron ([He]2s 2p ) is a p
electron; this results in a lower first ionization energy for boron, even though its nuclear charge is greater by one proton. Thus, we
see a small deviation from the predicted trend occurring each time a new subshell begins.

Figure : This version of the periodic table shows the first ionization energy of (IE: ), in kJ/mol, of selected elements.
The trends for first ionization energies across periods and down groups are shown in this version of the periodic table.

1 1

2 2 1

1
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Another deviation occurs as orbitals become more than one-half filled. The first ionization energy for oxygen is slightly less than
that for nitrogen, despite the trend in increasing IE  values across a period. Looking at the orbital diagram of oxygen, we can see
that removing one electron will eliminate the electron–electron repulsion caused by pairing the electrons in the 2p orbital and will
result in a half-filled orbital (which is energetically favorable). Analogous changes occur in succeeding periods (note the dip for
sulfur after phosphorus in Figure .

 

The electronic configuration for oxygen is 1s superscript 2, 2s superscript, 2p superscript 4. An orbital diagram shows 2 squares
each filled with a pair of opposite pointing arrows to represent the 1s ans 2s orbitals. Each of the three connected square which
represents the 2p orbitals are filled with one arrow respectively with the addition of 1 red arrow in the first of the three squares.

Removing an electron from a cation is more difficult than removing an electron from a neutral atom because of the greater
electrostatic attraction to the cation. Likewise, removing an electron from a cation with a higher positive charge is more difficult
than removing an electron from an ion with a lower charge. Thus, successive ionization energies for one element always increase.
As seen in Table , there is a large increase in the ionization energies (color change) for each element. This jump corresponds to
removal of the core electrons, which are harder to remove than the valence electrons. For example, Sc and Ga both have three
valence electrons, so the rapid increase in ionization energy occurs after the third ionization.

Table : Successive Ionization Energies for Selected Elements (kJ/mol)

Element IE IE IE IE IE IE IE

K 418.8 3051.8 4419.6 5876.9 7975.5 9590.6 11343

Ca 589.8 1145.4 4912.4 6490.6 8153.0 10495.7 12272.9

Sc 633.1 1235.0 2388.7 7090.6 8842.9 10679.0 13315.0

Ga 578.8 1979.4 2964.6 6180 8298.7 10873.9 13594.8

Ge 762.2 1537.5 3302.1 4410.6 9021.4 Not available Not available

As 944.5 1793.6 2735.5 4836.8 6042.9 12311.5 Not available

Predict the order of increasing energy for the following processes: IE  for Al, IE  for Tl, IE  for Na, IE  for Al.

Solution
Removing the 6p  electron from Tl is easier than removing the 3p  electron from Al because the higher n orbital is farther from
the nucleus, so IE (Tl) < IE (Al). Ionizing the third electron from

requires more energy because the cation Al  exerts a stronger pull on the electron than the neutral Al atom, so IE (Al) <
IE (Al). The second ionization energy for sodium removes a core electron, which is a much higher energy process than
removing valence electrons. Putting this all together, we obtain:

IE (Tl) < IE (Al) < IE (Al) < IE (Na).

Which has the lowest value for IE : O, Po, Pb, or Ba?

Answer

1

1 2 3 4 5 6 7

 Example : Ranking Ionization Energies

1 1 2 3

1 1

1 1

2+
1

3

1 1 3 2
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Ba

 

Variation in Electron Affinities
The electron affinity [EA] is the energy change for the process of adding an electron to a gaseous atom to form an anion (negative
ion).

This process can be either endothermic or exothermic, depending on the element. The EA of some of the elements is given in
Figure . You can see that many of these elements have negative values of EA, which means that energy is released when the
gaseous atom accepts an electron. However, for some elements, energy is required for the atom to become negatively charged and
the value of their EA is positive. Just as with ionization energy, subsequent EA values are associated with forming ions with more
charge. The second EA is the energy associated with adding an electron to an anion to form a –2 ion, and so on.

Figure : This version of the periodic table displays the electron affinity values (in kJ/mol) for selected elements.:
The trend for electron affinity values across periods and down groups is shown in this version of the periodic table. Values are not
shown for groups 3 to 12 as well as period 7.

As we might predict, it becomes easier to add an electron across a series of atoms as the effective nuclear charge of the atoms
increases. We find, as we go from left to right across a period, EAs tend to become more negative. The exceptions found among the
elements of group 2 (2A), group 15 (5A), and group 18 (8A) can be understood based on the electronic structure of these groups.
The noble gases, group 18 (8A), have a completely filled shell and the incoming electron must be added to a higher n level, which
is more difficult to do. Group 2 (2A) has a filled ns subshell, and so the next electron added goes into the higher energy np, so,
again, the observed EA value is not as the trend would predict. Finally, group 15 (5A) has a half-filled np subshell and the next
electron must be paired with an existing np electron. In all of these cases, the initial relative stability of the electron configuration
disrupts the trend in EA.

We also might expect the atom at the top of each group to have the largest EA; their first ionization potentials suggest that these
atoms have the largest effective nuclear charges. However, as we move down a group, we see that the second element in the group
most often has the greatest EA. The reduction of the EA of the first member can be attributed to the small size of the n = 2 shell and
the resulting large electron–electron repulsions. For example, chlorine, with an EA value of –348 kJ/mol, has the highest value of
any element in the periodic table. The EA of fluorine is –322 kJ/mol. When we add an electron to a fluorine atom to form a fluoride
anion (F ), we add an electron to the n = 2 shell. The electron is attracted to the nucleus, but there is also significant repulsion from
the other electrons already present in this small valence shell. The chlorine atom has the same electron configuration in the valence
shell, but because the entering electron is going into the n = 3 shell, it occupies a considerably larger region of space and the

–
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electron–electron repulsions are reduced. The entering electron does not experience as much repulsion and the chlorine atom
accepts an additional electron more readily.

The properties discussed in this section (size of atoms and ions, effective nuclear charge, ionization energies, and electron
affinities) are central to understanding chemical reactivity. For example, because fluorine has an energetically favorable EA and a
large energy barrier to ionization (IE), it is much easier to form fluorine anions than cations. Metallic properties including
conductivity and malleability (the ability to be formed into sheets) depend on having electrons that can be removed easily. Thus,
metallic character increases as we move down a group and decreases across a period in the same trend observed for atomic size
because it is easier to remove an electron that is farther away from the nucleus.

 

Summary
Electron configurations allow us to understand many periodic trends. Covalent radius increases as we move down a group because
the n level (orbital size) increases. Covalent radius mostly decreases as we move left to right across a period because the effective
nuclear charge experienced by the electrons increases, and the electrons are pulled in tighter to the nucleus. Anionic radii are larger
than the parent atom, while cationic radii are smaller, because the number of valence electrons has changed while the nuclear
charge has remained constant. Ionization energy (the energy associated with forming a cation) decreases down a group and mostly
increases across a period because it is easier to remove an electron from a larger, higher energy orbital. Electron affinity (the energy
associated with forming an anion) is more favorable (exothermic) when electrons are placed into lower energy orbitals, closer to
the nucleus. Therefore, electron affinity becomes increasingly negative as we move left to right across the periodic table and
decreases as we move down a group. For both IE and electron affinity data, there are exceptions to the trends when dealing with
completely filled or half-filled subshells.

Glossary

covalent radius
one-half the distance between the nuclei of two identical atoms when they are joined by a covalent bond

effective nuclear charge
charge that leads to the Coulomb force exerted by the nucleus on an electron, calculated as the nuclear charge minus shielding

electron affinity
energy required to add an electron to a gaseous atom to form an anion

ionization energy
energy required to remove an electron from a gaseous atom or ion. The associated number (e.g., second ionization energy)
corresponds to the charge of the ion produced (X )

isoelectronic
group of ions or atoms that have identical electron configurations

5.2: Electron Configurations, Valence Electrons, and the Periodic Table is shared under a not declared license and was authored, remixed, and/or
curated by LibreTexts.
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6.1: Types of Chemical Bonds

To quantitatively describe the energetic factors involved in the formation of an ionic bond.

Chemical bonds form when electrons can be simultaneously close to two or more nuclei, but beyond this, there is no simple, easily
understood theory that would not only explain why atoms bind together to form molecules, but would also predict the three-
dimensional structures of the resulting compounds as well as the energies and other properties of the bonds themselves.
Unfortunately, no one theory exists that accomplishes these goals in a satisfactory way for all of the many categories of compounds
that are known. Moreover, it seems likely that if such a theory does ever come into being, it will be far from simple.

When we are faced with a scientific problem of this complexity, experience has shown that it is often more useful to concentrate
instead on developing models. A scientific model is something like a theory in that it should be able to explain observed
phenomena and to make useful predictions. But whereas a theory can be discredited by a single contradictory case, a model can be
useful even if it does not encompass all instances of the phenomena it attempts to explain. We do not even require that a model be a
credible representation of reality; all we ask is that be able to explain the behavior of those cases to which it is applicable in terms
that are consistent with the model itself. An example of a model that you may already know about is the kinetic molecular theory of
gases. Despite its name, this is really a model (at least at the level that beginning students use it) because it does not even try to
explain the observed behavior of real gases. Nevertheless, it serves as a tool for developing our understanding of gases, and as a
starting point for more elaborate treatments.Given the extraordinary variety of ways in which atoms combine into aggregates, it
should come as no surprise that a number of useful bonding models have been developed. Most of them apply only to certain
classes of compounds, or attempt to explain only a restricted range of phenomena. In this section we will provide brief descriptions
of some of the bonding models; the more important of these will be treated in much more detail in later parts of this chapter.

Ionic Bonding
Ions are atoms or molecules which are electrically charged. Cations are positively charged and anions carry a negative charge.
Ions form when atoms gain or lose electrons. Since electrons are negatively charged, an atom that loses one or more electrons will
become positively charged; an atom that gains one or more electrons becomes negatively charged. Ionic bonding is the attraction
between positively- and negatively-charged ions. These oppositely charged ions attract each other to form ionic networks (or
lattices). Electrostatics explains why this happens: opposite charges attract and like charges repel. When many ions attract each
other, they form large, ordered, crystal lattices in which each ion is surrounded by ions of the opposite charge. Generally, when
metals react with non-metals, electrons are transferred from the metals to the non-metals. The metals form positively-charged ions
and the non-metals form negatively-charged ions.

Ionic bonds form when metals and non-metals chemically react. By definition, a metal is relatively stable if it loses electrons to
form a complete valence shell and becomes positively charged. Likewise, a non-metal becomes stable by gaining electrons to
complete its valence shell and become negatively charged. When metals and non-metals react, the metals lose electrons by
transferring them to the non-metals, which gain them. Consequently, ions are formed, which instantly attract each other—ionic
bonding.

For example, in the reaction of Na (sodium) and Cl (chlorine), each Cl atom takes one electron from a Na atom. Therefore each
Na becomes a Na  cation and each Cl atom becomes a Cl  anion. Due to their opposite charges, they attract each other to form
an ionic lattice. The formula (ratio of positive to negative ions) in the lattice is NaCl.

These ions are arranged in solid NaCl in a regular three-dimensional arrangement (or lattice):

Learning Objectives

Example : Sodium Chloride

+ -
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NaCl lattice. (left) 3-D structure and (right) simple 2D slice through lattes. Images used with permission from Wikipedia and
Mike Blaber.

The chlorine has a high affinity for electrons, and the sodium has a low ionization potential. Thus the chlorine gains an electron
from the sodium atom. This can be represented using electron-dot symbols (here we will consider one chlorine atom, rather
than Cl ):

The arrow indicates the transfer of the electron from sodium to chlorine to form the Na  metal ion and the Cl  chloride ion.
Each ion now has an octet of electrons in its valence shell:

Na  2s 2p
Cl : 3s 3p

Covalent Bonding

Formation of an ionic bond by complete transfer of an electron from one atom to another is possible only for a fairly restricted set
of elements. Covalent bonding, in which neither atom loses complete control over its valence electrons, is much more common. In
a covalent bond the electrons occupy a region of space between the two nuclei and are said to be shared by them. This model
originated with the theory developed by G.N. Lewis in 1916, and it remains the most widely-used model of chemical bonding. The
essential element s of this model can best be understood by examining the simplest possible molecule. This is the hydrogen
molecule ion H , which consists of two nuclei and one electron. First, however, think what would happen if we tried to make the
even simpler molecule H . Since this would consist only of two protons whose electrostatic charges would repel each other at all
distances, it is clear that such a molecule cannot exist; something more than two nuclei are required for bonding to occur.

In the hydrogen molecule ion H  we have a third particle, an electron. The effect of this electron will depend on its location with
respect to the two nuclei. If the electron is in the space between the two nuclei, it will attract both protons toward itself, and thus
toward each other. If the total attraction energy exceeds the internuclear repulsion, there will be a net bonding effect and the
molecule will be stable. If, on the other hand, the electron is off to one side, it will attract both nuclei, but it will attract the closer
one much more strongly, owing to the inverse-square nature of Coulomb's law. As a consequence, the electron will now help the
electrostatic repulsion to push the two nuclei apart.

We see, then, that the electron is an essential component of a chemical bond, but that it must be in the right place: between the two
nuclei. Coulomb's law can be used to calculate the forces experienced by the two nuclei for various positions of the electron. This
allows us to define two regions of space about the nuclei, as shown in the figure. One region, the binding region, depicts locations
at which the electron exerts a net binding effect on the new nuclei. Outside of this, in the antibinding region, the electron will
actually work against binding.Summary

The amount of energy needed to separate a gaseous ion pair is its bond energy. The formation of ionic compounds are usually
extremely exothermic. The strength of the electrostatic attraction between ions with opposite charges is directly proportional to the
magnitude of the charges on the ions and inversely proportional to the internuclear distance. The total energy of the system is a
balance between the repulsive interactions between electrons on adjacent ions and the attractive interactions between ions with
opposite charges.
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Metallic Bonding
Metals have several qualities that are unique, such as the ability to conduct electricity, a low ionization energy, and a low
electronegativity (so they will give up electrons easily, i.e., they are cations). Metallic bonding is sort of like covalent bonding,
because it involves sharing electrons. The simplest model of metallic bonding is the "sea of electrons" model, which imagines that
the atoms sit in a sea of valence electrons that are delocalized over all the atoms. Because there are not specific bonds between
individual atoms, metals are more flexible. The atoms can move around and the electron sea will keep holding them together. Some
metals are very hard and have very high melting points, while others are soft and have low melting points. This depends roughly on
the number of valence electrons that form the sea.

The covalent-ionic continuum described above is certainly an improvement over the old covalent -versus - ionic dichotomy
that existed only in the textbook and classroom, but it is still only a one-dimensional view of a multidimensional world, and
thus a view that hides more than it reveals. The main thing missing is any allowance for the type of bonding that occurs
between more pairs of elements than any other: metallic bonding. Intermetallic compounds are rarely even mentioned in
introductory courses, but since most of the elements are metals, there are a lot of them, and many play an important role in
metallurgy. In metallic bonding, the valence electrons lose their association with individual atoms; they form what amounts to
a mobile "electron fluid" that fills the space between the crystal lattice positions occupied by the atoms, (now essentially
positive ions.) The more readily this electron delocalization occurs, the more "metallic" the element.

 

A triangular diagram whose corners are labeled metallic, covalent, and ionic. The chemical formula of some elements and
compounds are listed inside the triangle.

Thus instead of the one-dimension chart shown above, we can construct a triangular diagram whose corners represent the three
extremes of "pure" covalent, ionic, and metallic bonding.
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6.2: Representing Valance Electrons with Dots

To use Lewis electron dot symbols to predict the number of bonds an element will form.

Why are some substances chemically bonded molecules and others are an association of ions? The answer to this question depends
upon the electronic structures of the atoms and nature of the chemical forces within the compounds. Although there are no sharply
defined boundaries, chemical bonds are typically classified into three main types: ionic bonds, covalent bonds, and metallic bonds.
In this chapter, each type of bond wil be discussed and the general properties found in typical substances in which the bond type
occurs

1. Ionic bonds results from electrostatic forces that exist between ions of opposite charge. These bonds typically involves a metal
with a nonmetal

2. Covalent bonds result from the sharing of electrons between two atoms. The bonds typically involves one nonmetallic element
with another

3. Metallic bonds These bonds are found in solid metals (copper, iron, aluminum) with each metal bonded to several neighboring
groups and bonding electrons free to move throughout the 3-dimensional structure.

Each bond classification is discussed in detail in subsequent sections of the chapter. Let's look at the preferred arrangements of
electrons in atoms when they form chemical compounds.

Figure : G. N. Lewis and the Octet Rule. (a) Lewis is working in the laboratory. (b) In Lewis’s original sketch for the octet
rule, he initially placed the electrons at the corners of a cube rather than placing them as we do now.

Lewis Symbols

At the beginning of the 20  century, the American chemist G. N. Lewis (1875–1946) devised a system of symbols—now called
Lewis electron dot symbols (often shortened to Lewis dot symbols) that can be used for predicting the number of bonds formed by
most elements in their compounds. Each Lewis dot symbol consists of the chemical symbol for an element surrounded by dots that
represent its valence electrons.

convenient representation of valence electrons
allows you to keep track of valence electrons during bond formation
consists of the chemical symbol for the element plus a dot for each valence electron

To write an element’s Lewis dot symbol, we place dots representing its valence electrons, one at a time, around the element’s
chemical symbol. Up to four dots are placed above, below, to the left, and to the right of the symbol (in any order, as long as
elements with four or fewer valence electrons have no more than one dot in each position). The next dots, for elements with more
than four valence electrons, are again distributed one at a time, each paired with one of the first four. For example, the electron
configuration for atomic sulfur is [Ne]3s 3p , thus there are six valence electrons. Its Lewis symbol would therefore be:

 Learning Objectives

th

 Lewis Dot symbols:

2 4
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Fluorine, for example, with the electron configuration [He]2s 2p , has seven valence electrons, so its Lewis dot symbol is
constructed as follows:

Figure 8.1.2.

Lewis used the unpaired dots to predict the number of bonds that an element will form in a compound. Consider the symbol for
nitrogen in Figure 8.1.2. The Lewis dot symbol explains why nitrogen, with three unpaired valence electrons, tends to form
compounds in which it shares the unpaired electrons to form three bonds. Boron, which also has three unpaired valence electrons in
its Lewis dot symbol, also tends to form compounds with three bonds, whereas carbon, with four unpaired valence electrons in its
Lewis dot symbol, tends to share all of its unpaired valence electrons by forming compounds in which it has four bonds.

Figure : Lewis Dot Symbols for the Elements in Period 2
L i has one dot on the right, B e has one dot on the left and right, B has one dot on the left, right, and above. C has one dot above,
below, on the left and on the right. N has one dot above, below, on the left and two dots on the right. O has two dots on the left and
right and one dot above and below. F has two dots above, on the left, on the right and on dot below. N e has two dots above, below,
on the right, and on the left.

The Octet Rule
In 1904, Richard Abegg formulated what is now known as Abegg's rule, which states that the difference between the maximum
positive and negative valences of an element is frequently eight. This rule was used later in 1916 when Gilbert N. Lewis formulated
the "octet rule" in his cubical atom theory. The octet rule refers to the tendency of atoms to prefer to have eight electrons in the
valence shell. When atoms have fewer than eight electrons, they tend to react and form more stable compounds. Atoms will react to
get in the most stable state possible. A complete octet is very stable because all orbitals will be full. Atoms with greater stability

2 5
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have less energy, so a reaction that increases the stability of the atoms will release energy in the form of heat or light ;reactions that
decrease stability must absorb energy, getting colder.

When discussing the octet rule, we do not consider d or f electrons. Only the s and p electrons are involved in the octet rule, making
it a useful rule for the main group elements (elements not in the transition metal or inner-transition metal blocks); an octet in these
atoms corresponds to an electron configurations ending with s p .

A stable arrangement is attended when the atom is surrounded by eight electrons. This octet can be made up by own electrons
and some electrons which are shared. Thus, an atom continues to form bonds until an octet of electrons is made. This is known
as octet rule by Lewis.

1. Normally two electrons pairs up and forms a bond, e.g., 
2. For most atoms there will be a maximum of eight electrons in the valence shell (octet structure), e.g., 

Figure 1: Bonding in  and methane ( )
A hydrogen bonds with each of the four valence electrons of a carbon meaning that four hydrogens can bond with one carbon.

The other tendency of atoms is to maintain a neutral charge. Only the noble gases (the elements on the right-most column of the
periodic table) have zero charge with filled valence octets. All of the other elements have a charge when they have eight electrons

all to themselves. The result of these two guiding principles is the explanation for much of the reactivity and bonding that is
observed within atoms: atoms seek to share electrons in a way that minimizes charge while fulfilling an octet in the valence shell.

The noble gases rarely form compounds. They have the most stable configuration (full octet, no charge), so they have no
reason to react and change their configuration. All other elements attempt to gain, lose, or share electrons to achieve a noble
gas configuration.

The formula for table salt is NaCl. It is the result of Na  ions and Cl  ions bonding together. If sodium metal and chlorine gas
mix under the right conditions, they will form salt. The sodium loses an electron, and the chlorine gains that electron. In the
process, a great amount of light and heat is released. The resulting salt is mostly unreactive — it is stable. It will not undergo
any explosive reactions, unlike the sodium and chlorine that it is made of. Why?

Solution
Referring to the octet rule, atoms attempt to get a noble gas electron configuration, which is eight valence electrons. Sodium
has one valence electron, so giving it up would result in the same electron configuration as neon. Chlorine has seven valence
electrons, so if it takes one it will have eight (an octet). Chlorine has the electron configuration of argon when it gains an
electron.

The octet rule could have been satisfied if chlorine gave up all seven of its valence electrons and sodium took them. In that
case, both would have the electron configurations of noble gasses, with a full valence shell. However, their charges would be

2 6

 Definition: Octet Rule

 Example : Salt
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much higher. It would be Na  and Cl , which is much less stable than Na  and Cl . Atoms are more stable when they have no
charge, or a small charge.

Lewis dot symbols can also be used to represent the ions in ionic compounds. The reaction of cesium with fluorine, for
example, to produce the ionic compound CsF can be written as follows:

No dots are shown on Cs  in the product because cesium has lost its single valence electron to fluorine. The transfer of this
electron produces the Cs  ion, which has the valence electron configuration of Xe, and the F  ion, which has a total of eight
valence electrons (an octet) and the Ne electron configuration. This description is consistent with the statement that among the
main group elements, ions in simple binary ionic compounds generally have the electron configurations of the nearest noble
gas. The charge of each ion is written in the product, and the anion and its electrons are enclosed in brackets. This notation
emphasizes that the ions are associated electrostatically; no electrons are shared between the two elements.

Atoms often gain, lose, or share electrons to achieve the same number of electrons as the
noble gas closest to them in the periodic table.

As you might expect for such a qualitative approach to bonding, there are exceptions to the octet rule, which we describe
elsewhere. These include molecules in which one or more atoms contain fewer or more than eight electrons.

Summary
Lewis dot symbols can be used to predict the number of bonds formed by most elements in their compounds. One convenient way
to predict the number and basic arrangement of bonds in compounds is by using Lewis electron dot symbols, which consist of the
chemical symbol for an element surrounded by dots that represent its valence electrons, grouped into pairs often placed above,
below, and to the left and right of the symbol. The structures reflect the fact that the elements in period 2 and beyond tend to gain,
lose, or share electrons to reach a total of eight valence electrons in their compounds, the so-called octet rule. Hydrogen, with only
two valence electrons, does not obey the octet rule.
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6.3: Ionic Bonding

To describe the characteristics of ionic bonding.
To quantitatively describe the energetic factors involved in the formation of an ionic bond.

Ions are atoms or molecules which are electrically charged. Cations are positively charged and anions carry a negative charge.
Ions form when atoms gain or lose electrons. Since electrons are negatively charged, an atom that loses one or more electrons will
become positively charged; an atom that gains one or more electrons becomes negatively charged. Ionic bonding is the attraction
between positively- and negatively-charged ions. These oppositely charged ions attract each other to form ionic networks (or
lattices). Electrostatics explains why this happens: opposite charges attract and like charges repel. When many ions attract each
other, they form large, ordered, crystal lattices in which each ion is surrounded by ions of the opposite charge. Generally, when
metals react with non-metals, electrons are transferred from the metals to the non-metals. The metals form positively-charged ions
and the non-metals form negatively-charged ions.

Generating Ionic Bonds

Ionic bonds form when metals and non-metals chemically react. By definition, a metal is relatively stable if it loses electrons to
form a complete valence shell and becomes positively charged. Likewise, a non-metal becomes stable by gaining electrons to
complete its valence shell and become negatively charged. When metals and non-metals react, the metals lose electrons by
transferring them to the non-metals, which gain them. Consequently, ions are formed, which instantly attract each other—ionic
bonding.

In the overall ionic compound, positive and negative charges must be balanced, because electrons cannot be created or destroyed,
only transferred. Thus, the total number of electrons lost by the cationic species must equal the total number of electrons gained by
the anionic species.

For example, in the reaction of Na (sodium) and Cl (chlorine), each Cl atom takes one electron from a Na atom. Therefore each
Na becomes a Na  cation and each Cl atom becomes a Cl  anion. Due to their opposite charges, they attract each other to form
an ionic lattice. The formula (ratio of positive to negative ions) in the lattice is .

These ions are arranged in solid NaCl in a regular three-dimensional arrangement (or lattice):

NaCl lattice. (left) 3-D structure and (right) simple 2D slice through lattes. Images used with permission from Wikipedia and
Mike Blaber.

 Learning Objectives

 Example : Sodium Chloride
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The chlorine has a high affinity for electrons, and the sodium has a low ionization energy. Thus the chlorine gains an electron
from the sodium atom. This can be represented using ewis dot symbols (here we will consider one chlorine atom, rather than
Cl ):

Chlorine becomes more negative when it takes the one valence electron from sodium when it makes an octet.

The arrow indicates the transfer of the electron from sodium to chlorine to form the Na  metal ion and the Cl  chloride ion.
Each ion now has an octet of electrons in its valence shell:

Na  2s 2p
Cl : 3s 3p

Energetics of Ionic Bond Formation

Ionic bonds are formed when positively and negatively charged ions are held together by electrostatic forces. Consider a single pair
of ions, one cation and one anion. How strong will the force of their attraction be? According to Coulomb's Law, the energy of the
electrostatic attraction ( ) between two charged particles is proportional to the magnitude of the charges and inversely proportional
to the internuclear distance between the particles ( ):

where each ion’s charge is represented by the symbol Q. The proportionality constant k is equal to 2.31 × 10  J·m. This value of k
includes the charge of a single electron (1.6022 × 10  C) for each ion. The equation can also be written using the charge of each
ion, expressed in coulombs (C), incorporated in the constant. In this case, the proportionality constant, k, equals 8.999 × 109
J·m/C . In the example given, Q  = +1(1.6022 × 10  C) and Q  = −1(1.6022 × 10  C). If Q  and Q  have opposite signs (as in
NaCl, for example, where Q  is +1 for Na  and Q  is −1 for Cl ), then E is negative, which means that energy is released when
oppositely charged ions are brought together from an infinite distance to form an isolated ion pair.

Energy is always released when a bond is formed and correspondingly, it always requires
energy to break a bond.

As shown by the green curve in the lower half of Figure , the maximum energy would be released when the ions are infinitely
close to each other, at r = 0. Because ions occupy space and have a structure with the positive nucleus being surrounded by
electrons, however, they cannot be infinitely close together. At very short distances, repulsive electron–electron interactions
between electrons on adjacent ions become stronger than the attractive interactions between ions with opposite charges, as shown
by the red curve in the upper half of Figure . The total energy of the system is a balance between the attractive and repulsive
interactions. The purple curve in Figure  shows that the total energy of the system reaches a minimum at r , the point where the
electrostatic repulsions and attractions are exactly balanced. This distance is the same as the experimentally measured bond
distance.
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Figure : A Plot of Potential Energy versus Internuclear Distance for the Interaction between a Gaseous Na  Ion and a Gaseous
Cl  Ion. The energy of the system reaches a minimum at a particular distance (r ) when the attractive and repulsive interactions are
balanced.

Consider the energy released when a gaseous  ion and a gaseous  ion are brought together from r = ∞ to r = r . Given that
the observed gas-phase internuclear distance is 236 pm, the energy change associated with the formation of an ion pair from an

 ion and a  ion is as follows:

The negative value indicates that energy is released. Our convention is that if a chemical process provides energy to the outside
world, the energy change is negative. If it requires energy, the energy change is positive. To calculate the energy change in the
formation of a mole of NaCl pairs, we need to multiply the energy per ion pair by Avogadro’s number:

This is the energy released when 1 mol of gaseous ion pairs is formed, not when 1 mol of positive and negative ions condenses to
form a crystalline lattice. Because of long-range interactions in the lattice structure, this energy does not correspond directly to the
lattice energy of the crystalline solid. However, the large negative value indicates that bringing positive and negative ions together
is energetically very favorable, whether an ion pair or a crystalline lattice is formed.

We summarize the important points about ionic bonding:

At r , the ions are more stable (have a lower potential energy) than they are at an infinite internuclear distance. When oppositely
charged ions are brought together from r = ∞ to r = r , the energy of the system is lowered (energy is released).
Because of the low potential energy at r , energy must be added to the system to separate the ions. The amount of energy
needed is the bond energy.
The energy of the system reaches a minimum at a particular internuclear distance (the bond distance).

Calculate the amount of energy released when 1 mol of gaseous Li F  ion pairs is formed from the separated ions. The
observed internuclear distance in the gas phase is 156 pm.

Given: cation and anion, amount, and internuclear distance

Asked for: energy released from formation of gaseous ion pairs

Strategy:
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Substitute the appropriate values into Equation  to obtain the energy released in the formation of a single ion pair and then
multiply this value by Avogadro’s number to obtain the energy released per mole.

Solution:

Inserting the values for Li F  into Equation  (where Q  = +1, Q  = −1, and r = 156 pm), we find that the energy associated
with the formation of a single pair of Li F  ions is

Then the energy released per mole of Li F  ion pairs is

Because Li  and F  are smaller than Na  and Cl  (see Section 7.3), the internuclear distance in LiF is shorter than in NaCl.
Consequently, in accordance with Equation , much more energy is released when 1 mol of gaseous Li F  ion pairs is
formed (−891 kJ/mol) than when 1 mol of gaseous Na Cl  ion pairs is formed (−589 kJ/mol).

Calculate the amount of energy released when 1 mol of gaseous  ion pairs is formed from the separated ions. The
internuclear distance in the gas phase is 175 pm.

Answer

−3180 kJ/mol = −3.18 × 10  kJ/mol

Electron Configuration of Ions

How does the energy released in lattice formation compare to the energy required to strip away a second electron from the Na  ion?
Since the Na  ion has a noble gas electron configuration, stripping away the next electron from this stable arrangement would
require more energy than what is released during lattice formation (Sodium I  = 4,560 kJ/mol). Thus, sodium is present in ionic
compounds as Na  and not Na . Likewise, adding an electron to fill a valence shell (and achieve noble gas electron configuration)
is exothermic or only slightly endothermic. To add an additional electron into a new subshell requires tremendous energy - more
than the lattice energy. Thus, we find Cl  in ionic compounds, but not Cl .

Table : Lattice energies range from around 700 kJ/mol to 4000 kJ/mol:
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Compound Lattice Energy (kJ/mol)

LiF 1024

LiI 744

NaF 911

NaCl 788

NaI 693

KF 815

KBr 682

KI 641

MgF 2910

SrCl 2130

MgO 3938

This amount of energy can compensate for values as large as I  for valence electrons (i.e. can strip away up to 3 valence electrons).
Because most transition metals would require the removal of more than 3 electrons to attain a noble gas core, they are not found in
ionic compounds with a noble gas core. A transition metal always loses electrons first from the higher 's' subshell, before losing
from the underlying 'd' subshell. (The remaining electrons in the unfilled d subshell are the reason for the bright colors observed in
many transition metal compounds!) For example, iron ions will not form a noble gas core:

Fe: [Ar]4s 3d
Fe : [Ar] 3d
Fe : [Ar] 3d

Some metal ions can form a pseudo noble gas core (and be colorless), for example:

Ag: [Kr]5s 4d  Ag  [Kr]4d  Compound: AgCl
Cd: [Kr]5s 4d  Cd  [Kr]4d  Compound: CdS

The valence electrons do not adhere to the "octet rule" in this case (a limitation of the usefulness of this rule). Note: The silver and
cadmium atoms lost the 5s electrons in achieving the ionic state.

When a positive ion is formed from an atom, electrons are always lost first from the
subshell with the largest principle quantum number

Polyatomic Ions
Not all ionic compounds are formed from only two elements. Many polyatomic ions exist, in which two or more atoms are bound
together by covalent bonds. They form a stable grouping which carries a charge (positive or negative). The group of atoms as a
whole acts as a charged species in forming an ionic compound with an oppositely charged ion. Polyatomic ions may be either
positive or negative, for example:

NH (ammonium) = cation
SO (sulfate) = anion

The principles of ionic bonding with polyatomic ions are the same as those with monatomic ions. Oppositely charged ions come
together to form a crystalline lattice, releasing a lattice energy. Based on the shapes and charges of the polyatomic ions, these
compounds may form crystalline lattices with interesting and complex structures.
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Summary
The amount of energy needed to separate a gaseous ion pair is its bond energy. The formation of ionic compounds are usually
extremely exothermic. The strength of the electrostatic attraction between ions with opposite charges is directly proportional to the
magnitude of the charges on the ions and inversely proportional to the internuclear distance. The total energy of the system is a
balance between the repulsive interactions between electrons on adjacent ions and the attractive interactions between ions with
opposite charges.
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6.4: Covalent Bonding- Lewis Structure

To use Lewis dot symbols to explain the stoichiometry of a compound

We begin our discussion of the relationship between structure and bonding in covalent compounds by describing the interaction
between two identical neutral atoms—for example, the H  molecule, which contains a purely covalent bond. Each hydrogen atom
in H  contains one electron and one proton, with the electron attracted to the proton by electrostatic forces. As the two hydrogen
atoms are brought together, additional interactions must be considered (Figure ):

The electrons in the two atoms repel each other because they have the same charge (
The electrons in the two atoms repel each other because they have the same charge (E > 0).
Similarly, the protons in adjacent atoms repel each other (E > 0).
The electron in one atom is attracted to the oppositely charged proton in the other atom and vice versa (E < 0). Recall that it is
impossible to specify precisely the position of the electron in either hydrogen atom. Hence the quantum mechanical probability
distributions must be used.

Figure : Attractive and Repulsive Interactions between Electrons and Nuclei in the Hydrogen Molecule. Electron–electron and
proton–proton interactions are repulsive; electron–proton interactions are attractive. At the observed bond distance, the repulsive
and attractive interactions are balanced.

A plot of the potential energy of the system as a function of the internuclear distance (Figure ) shows that the system becomes
more stable (the energy of the system decreases) as two hydrogen atoms move toward each other from r = ∞, until the energy
reaches a minimum at r = r  (the observed internuclear distance in H  is 74 pm). Thus at intermediate distances, proton–electron
attractive interactions dominate, but as the distance becomes very short, electron–electron and proton–proton repulsive interactions
cause the energy of the system to increase rapidly. Notice the similarity between Figures  and , which described a system
containing two oppositely charged ions. The shapes of the energy versus distance curves in the two figures are similar because they
both result from attractive and repulsive forces between charged entities.

Figure : A Plot of Potential Energy versus Internuclear Distance for the Interaction between Two Gaseous Hydrogen Atoms.

At long distances, both attractive and repulsive interactions are small. As the distance between the atoms decreases, the attractive
electron–proton interactions dominate, and the energy of the system decreases. At the observed bond distance, the repulsive
electron–electron and proton–proton interactions just balance the attractive interactions, preventing a further decrease in the

 Learning Objectives
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internuclear distance. At very short internuclear distances, the repulsive interactions dominate, making the system less stable than
the isolated atoms.

Using Lewis Dot Symbols to Describe Covalent Bonding
The valence electron configurations of the constituent atoms of a covalent compound are important factors in determining its
structure, stoichiometry, and properties. For example, chlorine, with seven valence electrons, is one electron short of an octet. If
two chlorine atoms share their unpaired electrons by making a covalent bond and forming Cl , they can each complete their
valence shell:

Each chlorine atom now has an octet. The electron pair being shared by the atoms is called a bonding pair; the other three pairs of
electrons on each chlorine atom are called lone pairs. Lone pairs are not involved in covalent bonding. If both electrons in a
covalent bond come from the same atom, the bond is called a coordinate covalent bond. Examples of this type of bonding are
presented in Section 8.6 when we discuss atoms with less than an octet of electrons.

We can illustrate the formation of a water molecule from two hydrogen atoms and an oxygen atom using Lewis dot symbols:

The structure on the right is the Lewis electron structure, or Lewis structure, for H O. With two bonding pairs and two lone pairs,
the oxygen atom has now completed its octet. Moreover, by sharing a bonding pair with oxygen, each hydrogen atom now has a
full valence shell of two electrons. Chemists usually indicate a bonding pair by a single line, as shown here for our two examples:

The following procedure can be used to construct Lewis electron structures for more complex molecules and ions:

1. Arrange the atoms to show specific connections. When there is a central atom, it is usually the least electronegative element
in the compound. Chemists usually list this central atom first in the chemical formula (as in CCl  and CO , which both have C
as the central atom), which is another clue to the compound’s structure. Hydrogen and the halogens are almost always
connected to only one other atom, so they are usually terminal rather than central.

2. Determine the total number of valence electrons in the molecule or ion. Add together the valence electrons from each atom.
(Recall that the number of valence electrons is indicated by the position of the element in the periodic table.) If the species is a
polyatomic ion, remember to add or subtract the number of electrons necessary to give the total charge on the ion. For CO ,
for example, we add two electrons to the total because of the −2 charge.

3. Place a bonding pair of electrons between each pair of adjacent atoms to give a single bond. In H O, for example, there is
a bonding pair of electrons between oxygen and each hydrogen.

4. Beginning with the terminal atoms, add enough electrons to each atom to give each atom an octet (two for hydrogen).
These electrons will usually be lone pairs.

5. If any electrons are left over, place them on the central atom. We will explain later that some atoms are able to
accommodate more than eight electrons.

6. If the central atom has fewer electrons than an octet, use lone pairs from terminal atoms to form multiple (double or
triple) bonds to the central atom to achieve an octet. This will not change the number of electrons on the terminal atoms.

Now let’s apply this procedure to some particular compounds, beginning with one we have already discussed.

The central atom is usually the least electronegative element in the molecule or ion; hydrogen and the halogens are usually
terminal.

The  Molecule
1. Because H atoms are almost always terminal, the arrangement within the molecule must be HOH.
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2. Each H atom (group 1) has 1 valence electron, and the O atom (group 16) has 6 valence electrons, for a total of 8 valence
electrons.

3. Placing one bonding pair of electrons between the O atom and each H atom gives H:O:H, with 4 electrons left over.
4. Each H atom has a full valence shell of 2 electrons.
5. Adding the remaining 4 electrons to the oxygen (as two lone pairs) gives the following structure:

This is the Lewis structure we drew earlier. Because it gives oxygen an octet and each hydrogen two electrons, we do not need to
use step 6.

The  Ion
1. With only two atoms in the molecule, there is no central atom.
2. Oxygen (group 16) has 6 valence electrons, and chlorine (group 17) has 7 valence electrons; we must add one more for the

negative charge on the ion, giving a total of 14 valence electrons.
3. Placing a bonding pair of electrons between O and Cl gives O:Cl, with 12 electrons left over.
4. If we place six electrons (as three lone pairs) on each atom, we obtain the following structure:

Both the oxygen and chlorine have 3 electron pairs drawn around them with a bond drawn between them. The molecule has square
brackets placed around it and has a negative charge.

Each atom now has an octet of electrons, so steps 5 and 6 are not needed. The Lewis electron structure is drawn within brackets as
is customary for an ion, with the overall charge indicated outside the brackets, and the bonding pair of electrons is indicated by a
solid line. OCl  is the hypochlorite ion, the active ingredient in chlorine laundry bleach and swimming pool disinfectant.

The  Molecule

1. Because carbon is less electronegative than oxygen and hydrogen is normally terminal, C must be the central atom. One possible
arrangement is as follows:

2. Each hydrogen atom (group 1) has one valence electron, carbon (group 14) has 4 valence electrons, and oxygen (group 16) has 6
valence electrons, for a total of [(2)(1) + 4 + 6] = 12 valence electrons.

3. Placing a bonding pair of electrons between each pair of bonded atoms gives the following:

Six electrons are used, and 6 are left over.

4. Adding all 6 remaining electrons to oxygen (as three lone pairs) gives the following:

Although oxygen now has an octet and each hydrogen has 2 electrons, carbon has only 6 electrons.

5. There are no electrons left to place on the central atom.

6. To give carbon an octet of electrons, we use one of the lone pairs of electrons on oxygen to form a carbon–oxygen double bond:

The bond between the oxygen and carbon is replaced with a double bond. The oxygen also has two lone pairs drawn.

−
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Both the oxygen and the carbon now have an octet of electrons, so this is an acceptable Lewis electron structure. The O has two
bonding pairs and two lone pairs, and C has four bonding pairs. This is the structure of formaldehyde, which is used in embalming
fluid.

An alternative structure can be drawn with one H bonded to O. Formal charges, discussed later in this section, suggest that such a
structure is less stable than that shown previously.

Write the Lewis electron structure for each species.

a. NCl
b. S
c. NOCl

Given: chemical species

Asked for: Lewis electron structures

Strategy:
Use the six-step procedure to write the Lewis electron structure for each species.

Solution:
a. Nitrogen is less electronegative than chlorine, and halogen atoms are usually terminal, so nitrogen is the central atom. The

nitrogen atom (group 15) has 5 valence electrons and each chlorine atom (group 17) has 7 valence electrons, for a total of
26 valence electrons. Using 2 electrons for each N–Cl bond and adding three lone pairs to each Cl account for (3 × 2) + (3
× 2 × 3) = 24 electrons. Rule 5 leads us to place the remaining 2 electrons on the central N:

Nitrogen trichloride is an unstable oily liquid once used to bleach flour; this use is now prohibited in the United States.

b. In a diatomic molecule or ion, we do not need to worry about a central atom. Each sulfur atom (group 16) contains 6
valence electrons, and we need to add 2 electrons for the −2 charge, giving a total of 14 valence electrons. Using 2 electrons
for the S–S bond, we arrange the remaining 12 electrons as three lone pairs on each sulfur, giving each S atom an octet of
electrons:

c. Because nitrogen is less electronegative than oxygen or chlorine, it is the central atom. The N atom (group 15) has 5
valence electrons, the O atom (group 16) has 6 valence electrons, and the Cl atom (group 17) has 7 valence electrons,
giving a total of 18 valence electrons. Placing one bonding pair of electrons between each pair of bonded atoms uses 4
electrons and gives the following:

 Example 
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Adding three lone pairs each to oxygen and to chlorine uses 12 more electrons, leaving 2 electrons to place as a lone pair on
nitrogen:

Because this Lewis structure has only 6 electrons around the central nitrogen, a lone pair of electrons on a terminal atom
must be used to form a bonding pair. We could use a lone pair on either O or Cl. Because we have seen many structures in
which O forms a double bond but none with a double bond to Cl, it is reasonable to select a lone pair from O to give the
following:

All atoms now have octet configurations. This is the Lewis electron structure of nitrosyl chloride, a highly corrosive,
reddish-orange gas.

Write Lewis electron structures for CO  and SCl , a vile-smelling, unstable red liquid that is used in the manufacture of rubber.

Answer

1. 

2. 
Two chlorines are bonded to a sulfur. The sulfur has 2 lone pairs while the chlorines have 3 lone pairs each.

 Exercise 
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Using Lewis Electron Structures to Explain Stoichiometry
Lewis dot symbols provide a simple rationalization of why elements form compounds with the observed stoichiometries. In the
Lewis model, the number of bonds formed by an element in a neutral compound is the same as the number of unpaired electrons it
must share with other atoms to complete its octet of electrons. For the elements of Group 17 (the halogens), this number is one; for
the elements of Group 16 (the chalcogens), it is two; for Group 15 elements, three; and for Group 14 elements four. These
requirements are illustrated by the following Lewis structures for the hydrides of the lightest members of each group:

Elements may form multiple bonds to complete an octet. In ethylene, for example, each carbon contributes two electrons to the
double bond, giving each carbon an octet (two electrons/bond × four bonds = eight electrons). Neutral structures with fewer or
more bonds exist, but they are unusual and violate the octet rule.

Allotropes of an element can have very different physical and chemical properties because of different three-dimensional
arrangements of the atoms; the number of bonds formed by the component atoms, however, is always the same. As noted at the
beginning of the chapter, diamond is a hard, transparent solid; graphite is a soft, black solid; and the fullerenes have open cage
structures. Despite these differences, the carbon atoms in all three allotropes form four bonds, in accordance with the octet rule.

Lewis structures explain why the elements of groups 14–17 form neutral compounds with four, three, two, and one bonded
atom(s), respectively.

Elemental phosphorus also exists in three forms: white phosphorus, a toxic, waxy substance that initially glows and then
spontaneously ignites on contact with air; red phosphorus, an amorphous substance that is used commercially in safety matches,
fireworks, and smoke bombs; and black phosphorus, an unreactive crystalline solid with a texture similar to graphite (Figure ).
Nonetheless, the phosphorus atoms in all three forms obey the octet rule and form three bonds per phosphorus atom.

Figure : The Three Allotropes of Phosphorus: White, Red, and Black. ll three forms contain only phosphorus atoms, but they
differ in the arrangement and connectivity of their atoms. White phosphorus contains P  tetrahedra, red phosphorus is a network of
linked P  and P  units, and black phosphorus forms sheets of six-membered rings. As a result, their physical and chemical
properties differ dramatically.

Formal Charges
It is sometimes possible to write more than one Lewis structure for a substance that does not violate the octet rule, as we saw for
CH O, but not every Lewis structure may be equally reasonable. In these situations, we can choose the most stable Lewis structure

4
8 9

2

https://libretexts.org/
https://chem.libretexts.org/@go/page/211184?pdf
https://chem.libretexts.org/Bookshelves/Inorganic_Chemistry/Supplemental_Modules_and_Websites_(Inorganic_Chemistry)/Descriptive_Chemistry/Elements_Organized_by_Block/2_p-Block_Elements/Group_17%3A_The_Halogens
https://chem.libretexts.org/Bookshelves/Inorganic_Chemistry/Supplemental_Modules_and_Websites_(Inorganic_Chemistry)/Descriptive_Chemistry/Elements_Organized_by_Block/2_p-Block_Elements/Group_16%3A_The_Oxygen_Family_(The_Chalcogens)
https://chem.libretexts.org/Bookshelves/Inorganic_Chemistry/Supplemental_Modules_and_Websites_(Inorganic_Chemistry)/Descriptive_Chemistry/Elements_Organized_by_Block/2_p-Block_Elements/Group_15%3A_The_Nitrogen_Family
https://chem.libretexts.org/Bookshelves/Inorganic_Chemistry/Supplemental_Modules_and_Websites_(Inorganic_Chemistry)/Descriptive_Chemistry/Elements_Organized_by_Block/2_p-Block_Elements/Group_14%3A_The_Carbon_Family


6.4.7 https://chem.libretexts.org/@go/page/211184

by considering the formal charge on the atoms, which is the difference between the number of valence electrons in the free atom
and the number assigned to it in the Lewis electron structure. The formal charge is a way of computing the charge distribution
within a Lewis structure; the sum of the formal charges on the atoms within a molecule or an ion must equal the overall charge on
the molecule or ion. A formal charge does not represent a true charge on an atom in a covalent bond but is simply used to predict
the most likely structure when a compound has more than one valid Lewis structure.

To calculate formal charges, we assign electrons in the molecule to individual atoms according to these rules:

Nonbonding electrons are assigned to the atom on which they are located.
Bonding electrons are divided equally between the bonded atoms.

For each atom, we then compute a formal charge:

 (atom in Lewis structure)

To illustrate this method, let’s calculate the formal charge on the atoms in ammonia (NH ) whose Lewis electron structure is as
follows:

A neutral nitrogen atom has five valence electrons (it is in group 15). From its Lewis electron structure, the nitrogen atom in
ammonia has one lone pair and shares three bonding pairs with hydrogen atoms, so nitrogen itself is assigned a total of five
electrons [2 nonbonding e  + (6 bonding e /2)]. Substituting into Equation , we obtain

A neutral hydrogen atom has one valence electron. Each hydrogen atom in the molecule shares one pair of bonding electrons and is
therefore assigned one electron [0 nonbonding e  + (2 bonding e /2)]. Using Equation  to calculate the formal charge on
hydrogen, we obtain

The hydrogen atoms in ammonia have the same number of electrons as neutral hydrogen atoms, and so their formal charge is also
zero. Adding together the formal charges should give us the overall charge on the molecule or ion. In this example, the nitrogen and
each hydrogen has a formal charge of zero. When summed the overall charge is zero, which is consistent with the overall charge on
the NH  molecule.

An atom, molecule, or ion has a formal charge of zero if it has the number of bonds that is typical for that species.

Typically, the structure with the most charges on the atoms closest to zero is the more stable Lewis structure. In cases where there
are positive or negative formal charges on various atoms, stable structures generally have negative formal charges on the more
electronegative atoms and positive formal charges on the less electronegative atoms. The next example further demonstrates how to
calculate formal charges.
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Calculate the formal charges on each atom in the NH  ion.

Given: chemical species

Asked for: formal charges

Strategy:
Identify the number of valence electrons in each atom in the NH  ion. Use the Lewis electron structure of NH  to identify the
number of bonding and nonbonding electrons associated with each atom and then use Equation  to calculate the formal
charge on each atom.

Solution:
The Lewis electron structure for the NH  ion is as follows:

The central nitrogen is bonded to four hydrogens. The molecule is surrounded by square brackets. Outside the bracket is where
the positive charge is placed.

The nitrogen atom shares four bonding pairs of electrons, and a neutral nitrogen atom has five valence electrons. Using
Equation , the formal charge on the nitrogen atom is therefore

Each hydrogen atom in has one bonding pair. The formal charge on each hydrogen atom is therefore

The formal charges on the atoms in the NH  ion are thus

In the Lewis structure, each hydrogen has a zero placed nearby while the nitrogen has a +1 placed nearby.

Adding together the formal charges on the atoms should give us the total charge on the molecule or ion. In this case, the sum of
the formal charges is 0 + 1 + 0 + 0 + 0 = +1.

Lewis Structure of Charged MoleculesLewis Structure of Charged Molecules

 Example : The Ammonium Ion
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Write the formal charges on all atoms in BH .

Answer

Four hydrogens are bonded to a central boron. Each hydrogen has a zero placed nearby while the boron has a -1. The molecule
is surrounded by square brackets. Outside of the brackets is a negative charge.

If an atom in a molecule or ion has the number of bonds that is typical for that atom (e.g., four bonds for carbon), its formal
charge is zero.

Using Formal Charges to Distinguish Viable Lewis Structures

6.4: Covalent Bonding- Lewis Structure is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

8.5: Drawing Lewis Structures is licensed CC BY-NC-SA 3.0.

 Exercise 
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6.5: Electronegativity and Bond Polarity

To define electronegativity and bond polarity
To calculate the percent ionic character of a covalent polar bond

The electron pairs shared between two atoms are not necessarily shared equally. For example, while the bonding electron pair is
shared equally in the covalent bond in , in  the 3s electron is stripped from the Na atom and is incorporated into the
electronic structure of the Cl atom - and the compound is most accurately described as consisting of individual  and  ions
(ionic bonding). For most covalent substances, their bond character falls between these two extremes. As demonstrated below, the
bond polarity is a useful concept for describing the sharing of electrons between atoms within a covalent bond:

A nonpolar covalent bond is one in which the electrons are shared equally between two atoms.
A polar covalent bond is one in which one atom has a greater attraction for the electrons than the other atom. If this relative
attraction is great enough, then the bond is an ionic bond.

Electronegativity
The elements with the highest ionization energies are generally those with the most negative electron affinities, which are located
toward the upper right corner of the periodic table. Conversely, the elements with the lowest ionization energies are generally those
with the least negative electron affinities and are located in the lower left corner of the periodic table.

Because the tendency of an element to gain or lose electrons is so important in determining its chemistry, various methods have
been developed to quantitatively describe this tendency. The most important method uses a measurement called electronegativity
(represented by the Greek letter chi, χ, pronounced “ky” as in “sky”), defined as the relative ability of an atom to attract electrons to
itself in a chemical compound. Elements with high electronegativities tend to acquire electrons in chemical reactions and are found
in the upper right corner of the periodic table. Elements with low electronegativities tend to lose electrons in chemical reactions and
are found in the lower left corner of the periodic table.

Unlike ionization energy or electron affinity, the electronegativity of an atom is not a simple, fixed property that can be directly
measured in a single experiment. In fact, an atom’s electronegativity should depend to some extent on its chemical environment
because the properties of an atom are influenced by its neighbors in a chemical compound. Nevertheless, when different methods
for measuring the electronegativity of an atom are compared, they all tend to assign similar relative values to a given element. For
example, all scales predict that fluorine has the highest electronegativity and cesium the lowest of the stable elements, which
suggests that all the methods are measuring the same fundamental property.

Electronegativity is defined as the ability of an atom in a particular molecule to attract
electrons to itself. The greater the value, the greater the attractiveness for electrons.

Electronegativity is a function of:

1. the atom's ionization energy (how strongly the atom holds on to its own electrons) and
2. the atom's electron affinity (how strongly the atom attracts other electrons).

Both of these are properties of the isolated atom. An element will be highly electronegative if it has a large (negative) electron
affinity and a high ionization energy (always endothermic, or positive for neutral atoms). Thus, it will attract electrons from other
atoms and resist having its own electrons attracted away.

The Pauling Electronegativity Scale

The original electronegativity scale, developed in the 1930s by Linus Pauling (1901– 1994) was based on measurements of the
strengths of covalent bonds between different elements. Pauling arbitrarily set the electronegativity of fluorine at 4.0 (although
today it has been refined to 3.98), thereby creating a scale in which all elements have values between 0 and 4.0.

 Learning Objectives
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Figure : A Plot of Periodic Variation of Electronegativity with Atomic Number for the First Six Rows of the Periodic Table
The main groups 1 and 2 are purple, the main groups 13 through 18 are green, the transition metals are red, and the lanthanides are
blue.

Periodic variations in Pauling’s electronegativity values are illustrated in Figures  and . If we ignore the inert gases and
elements for which no stable isotopes are known, we see that fluorine ( ) is the most electronegative element and cesium is
the least electronegative nonradioactive element ( ). Because electronegativities generally increase diagonally from the
lower left to the upper right of the periodic table, elements lying on diagonal lines running from upper left to lower right tend to
have comparable values (e.g., O and Cl and N, S, and Br).

The s blocks are purple, the p blocks are green, the d blocks are red, and the f blocks are blue. Electronegativity increase from
bottom to top and left to right.

Figure : Pauling Electronegativity Values of the s-, p-, d-, and f-Block Elements. Values for most of the actinides are
approximate. Elements for which no data are available are shown in gray. Source: Data from L. Pauling, The Nature of the

Chemical Bond, 3rd ed. (1960).

When he was nine, Pauling’s father died, and his mother tried to convince him to quit school to support the family. He did not
quit school, but was later denied a high school degree, and had to work several jobs to put himself through college. Pauling
would go on to become one of the most influential chemists of the century if not all time. He won two Nobel Prizes, one for
chemistry in 1954 and one for peace in 1962.

 Linus Pauling (1901-1994)
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Pauling’s method is limited by the fact that many elements do not form stable covalent compounds with other elements; hence their
electronegativities cannot be measured by his method. Other definitions have since been developed that address this problem, e.g.,
the Mulliken, Allred-Rochow, and Allen electronegativity scales. The Mulliken electronegativity of an element is the average of its
first ionization energy and the absolute value of its electron affinity, showing the relationship between electronegativity and these
other periodic properties.

Electronegativity Differences between Metals and Nonmetals
An element’s electronegativity provides us with a single value that we can use to characterize the chemistry of an element.
Elements with a high electronegativity (χ ≥ 2.2 in Figure ) have very negative affinities and large ionization potentials, so they
are generally nonmetals and electrical insulators that tend to gain electrons in chemical reactions (i.e., they are oxidants). In
contrast, elements with a low electronegativity ( ) have electron affinities that have either positive or small negative values
and small ionization potentials, so they are generally metals and good electrical conductors that tend to lose their valence electrons
in chemical reactions (i.e., they are reductants). In between the metals and nonmetals, along the heavy diagonal line running from
B to At is a group of elements with intermediate electronegativities (χ ~ 2.0). These are the metalloids (or semimetals), elements
that have some of the chemical properties of both nonmetals and metals. The distinction between metals and nonmetals is one of
the most fundamental we can make in categorizing the elements and predicting their chemical behavior. Figure  shows the
strong correlation between electronegativity values, metallic versus nonmetallic character, and location in the periodic table.

ElectronegativityElectronegativity
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Figure : Three-Dimensional Plots Demonstrating the Relationship between Electronegativity and the Metallic/Nonmetallic
Character of the Elements. (a) A plot of electrical resistivity (measured resistivity to electron flow) at or near room temperature
shows that substances with high resistivity (little to no measured electron flow) are electrical insulators, whereas substances with
low resistivity (high measured electron flow) are metals. (b) A plot of Pauling electronegativities for a like set of elements shows
that high electronegativity values (≥ about 2.2) correlate with high electrical resistivities (insulators). Low electronegativity values
(≤ about 2.2) correlate with low resistivities (metals). Because electrical resistivity is typically measured only for solids and liquids,
the gaseous elements do not appear in part (a).

Metals are blue, semimetals are yellow, nonmetals are gray, gaseous at 20 degrees C are gray with dashed lines.

Electronegativity values increase from lower left to upper right in the periodic table.

The rules for assigning oxidation states(opens in new window) are based on the relative electronegativities of the elements; the
more electronegative element in a binary compound is assigned a negative oxidation state. As we shall see, electronegativity values
are also used to predict bond energies, bond polarities, and the kinds of reactions that compounds undergo.

On the basis of their positions in the periodic table, arrange Cl, Se, Si, and Sr in order of increasing electronegativity and
classify each as a metal, a nonmetal, or a metalloid.

Given: four elements

Asked for: order by increasing electronegativity and classification

Strategy:
A. Locate the elements in the periodic table. From their diagonal positions from lower left to upper right, predict their relative

electronegativities.
B. Arrange the elements in order of increasing electronegativity.
C. Classify each element as a metal, a nonmetal, or a metalloid according to its location about the diagonal belt of metalloids

running from B to At.

Solution:
A Electronegativity increases from lower left to upper right in the periodic table (Figure 8.4.2). Because Sr lies far to the left of
the other elements given, we can predict that it will have the lowest electronegativity. Because Cl lies above and to the right of
Se, we can predict that χ  > χ . Because Si is located farther from the upper right corner than Se or Cl, its electronegativity
should be lower than those of Se and Cl but greater than that of Sr. B The overall order is therefore χ  < χ  < χ  < χ .

C To classify the elements, we note that Sr lies well to the left of the diagonal belt of metalloids running from B to At; while Se
and Cl lie to the right and Si lies in the middle. We can predict that Sr is a metal, Si is a metalloid, and Se and Cl are nonmetals.

On the basis of their positions in the periodic table, arrange Ge, N, O, Rb, and Zr in order of increasing electronegativity and
classify each as a metal, a nonmetal, or a metalloid.

Answer

 Example : Increasing Electronegativity

Cl Se

Sr Si Se Cl

 Exercise 
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Rb < Zr < Ge < N < O; metals (Rb, Zr); metalloid (Ge); nonmetal (N, O)

Percent Ionic Character of a Covalent polar bond
The two idealized extremes of chemical bonding: (1) ionic bonding—in which one or more electrons are transferred completely
from one atom to another, and the resulting ions are held together by purely electrostatic forces—and (2) covalent bonding, in
which electrons are shared equally between two atoms. Most compounds, however, have polar covalent bonds, which means that
electrons are shared unequally between the bonded atoms. Figure  compares the electron distribution in a polar covalent bond
with those in an ideally covalent and an ideally ionic bond. Recall that a lowercase Greek delta ( ) is used to indicate that a bonded
atom possesses a partial positive charge, indicated by , or a partial negative charge, indicated by , and a bond between two
atoms that possess partial charges is a polar bond.

Figure : The Electron Distribution in a Nonpolar Covalent Bond, a Polar Covalent Bond, and an Ionic Bond Using Lewis
Electron Structures. In a purely covalent bond (a), the bonding electrons are shared equally between the atoms. In a purely ionic
bond (c), an electron has been transferred completely from one atom to the other. A polar covalent bond (b) is intermediate between
the two extremes: the bonding electrons are shared unequally between the two atoms, and the electron distribution is asymmetrical
with the electron density being greater around the more electronegative atom. Electron-rich (negatively charged) regions are shown
in blue; electron-poor (positively charged) regions are shown in red.

Bond Polarity
The polarity of a bond—the extent to which it is polar—is determined largely by the relative electronegativities of the bonded
atoms. Electronegativity (χ) was defined as the ability of an atom in a molecule or an ion to attract electrons to itself. Thus there is
a direct correlation between electronegativity and bond polarity. A bond is nonpolar if the bonded atoms have equal
electronegativities. If the electronegativities of the bonded atoms are not equal, however, the bond is polarized toward the more
electronegative atom. A bond in which the electronegativity of B (χ ) is greater than the electronegativity of A (χ ), for example, is
indicated with the partial negative charge on the more electronegative atom:

One way of estimating the ionic character of a bond—that is, the magnitude of the charge separation in a polar covalent bond—is
to calculate the difference in electronegativity between the two atoms: Δχ = χ  − χ .

To predict the polarity of the bonds in Cl , HCl, and NaCl, for example, we look at the electronegativities of the relevant atoms: χ
= 3.16, χ  = 2.20, and χ  = 0.93. Cl  must be nonpolar because the electronegativity difference (Δχ) is zero; hence the two
chlorine atoms share the bonding electrons equally. In NaCl, Δχ is 2.23. This high value is typical of an ionic compound (Δχ ≥
≈1.5) and means that the valence electron of sodium has been completely transferred to chlorine to form Na  and Cl  ions. In HCl,
however, Δχ is only 0.96. The bonding electrons are more strongly attracted to the more electronegative chlorine atom, and so the
charge distribution is

B A

B A

2 Cl

H Na 2

+ −

https://libretexts.org/
https://chem.libretexts.org/@go/page/211185?pdf


6.5.6 https://chem.libretexts.org/@go/page/211185

Remember that electronegativities are difficult to measure precisely and different definitions produce slightly different numbers. In
practice, the polarity of a bond is usually estimated rather than calculated.

Bond polarity and ionic character increase with an increasing difference in electronegativity.

As with bond energies, the electronegativity of an atom depends to some extent on its chemical environment. It is therefore
unlikely that the reported electronegativities of a chlorine atom in NaCl, Cl , ClF , and HClO  would be exactly the same.

Dipole Moments
The asymmetrical charge distribution in a polar substance such as HCl produces a dipole moment where   in meters (m). is
abbreviated by the Greek letter mu (µ). The dipole moment is defined as the product of the partial charge Q on the bonded atoms
and the distance r between the partial charges:

where Q is measured in coulombs (C) and r in meters. The unit for dipole moments is the debye (D):

When a molecule with a dipole moment is placed in an electric field, it tends to orient itself with the electric field because of its
asymmetrical charge distribution (Figure ).

Figure : Molecules That Possess a Dipole Moment Partially Align Themselves with an Applied Electric Field. In the absence of
a field (a), the HCl molecules are randomly oriented. When an electric field is applied (b), the molecules tend to align themselves
with the field, such that the positive end of the molecular dipole points toward the negative terminal and vice versa.

We can measure the partial charges on the atoms in a molecule such as HCl using Equation . If the bonding in HCl were purely
ionic, an electron would be transferred from H to Cl, so there would be a full +1 charge on the H atom and a full −1 charge on the
Cl atom. The dipole moment of HCl is 1.109 D, as determined by measuring the extent of its alignment in an electric field, and the
reported gas-phase H–Cl distance is 127.5 pm. Hence the charge on each atom is

By dividing this calculated value by the charge on a single electron (1.6022 × 10  C), we find that the electron distribution in HCl
is asymmetric and that effectively it appears that there is a net negative charge on the Cl of about −0.18, effectively corresponding
to about 0.18 e . This certainly does not mean that there is a fraction of an electron on the Cl atom, but that the distribution of
electron probability favors the Cl atom side of the molecule by about this amount.

2 5 4
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To form a neutral compound, the charge on the H atom must be equal but opposite. Thus the measured dipole moment of HCl
indicates that the H–Cl bond has approximately 18% ionic character (0.1811 × 100), or 82% covalent character. Instead of writing
HCl as

we can therefore indicate the charge separation quantitatively as

Our calculated results are in agreement with the electronegativity difference between hydrogen and chlorine χ  = 2.20; χ  = 3.16,
χ  − χ  = 0.96), a value well within the range for polar covalent bonds. We indicate the dipole moment by writing an arrow above
the molecule. Mathematically, dipole moments are vectors, and they possess both a magnitude and a direction. The dipole moment
of a molecule is the vector sum of the dipoles of the individual bonds. In HCl, for example, the dipole moment is indicated as
follows:

The arrow shows the direction of electron flow by pointing toward the more electronegative atom.

The charge on the atoms of many substances in the gas phase can be calculated using measured dipole moments and bond
distances. Figure  shows a plot of the percent ionic character versus the difference in electronegativity of the bonded atoms for
several substances. According to the graph, the bonding in species such as NaCl(g) and CsF(g) is substantially less than 100% ionic
in character. As the gas condenses into a solid, however, dipole–dipole interactions between polarized species increase the charge
separations. In the crystal, therefore, an electron is transferred from the metal to the nonmetal, and these substances behave like
classic ionic compounds. The data in Figure  show that diatomic species with an electronegativity difference of less than 1.5
are less than 50% ionic in character, which is consistent with our earlier description of these species as containing polar covalent
bonds. The use of dipole moments to determine the ionic character of a polar bond is illustrated in Example .

Figure : A Plot of the Percent Ionic Character of a Bond as Determined from Measured Dipole Moments versus the Difference
in Electronegativity of the Bonded Atoms.In the gas phase, even CsF, which has the largest possible difference in electronegativity
between atoms, is not 100% ionic. Solid CsF, however, is best viewed as 100% ionic because of the additional electrostatic
interactions in the lattice.

In the gas phase, NaCl has a dipole moment of 9.001 D and an Na–Cl distance of 236.1 pm. Calculate the percent ionic
character in NaCl.

H Cl

Cl H

 Example 
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Given: chemical species, dipole moment, and internuclear distance

Asked for: percent ionic character

Strategy:
A Compute the charge on each atom using the information given and Equation .

B Find the percent ionic character from the ratio of the actual charge to the charge of a single electron.

Solution:
A The charge on each atom is given by

Thus NaCl behaves as if it had charges of 1.272 × 10  C on each atom separated by 236.1 pm.

B The percent ionic character is given by the ratio of the actual charge to the charge of a single electron (the charge expected
for the complete transfer of one electron):

In the gas phase, silver chloride (AgCl) has a dipole moment of 6.08 D and an Ag–Cl distance of 228.1 pm. What is the percent
ionic character in silver chloride?

Answer

55.5%

Summary
Bond polarity and ionic character increase with an increasing difference in electronegativity. The electronegativity (χ) of an
element is the relative ability of an atom to attract electrons to itself in a chemical compound and increases diagonally from the
lower left of the periodic table to the upper right. The Pauling electronegativity scale is based on measurements of the strengths of
covalent bonds between different atoms, whereas the Mulliken electronegativity of an element is the average of its first ionization
energy and the absolute value of its electron affinity. Elements with a high electronegativity are generally nonmetals and electrical
insulators and tend to behave as oxidants in chemical reactions. Conversely, elements with a low electronegativity are generally
metals and good electrical conductors and tend to behave as reductants in chemical reactions.

Compounds with polar covalent bonds have electrons that are shared unequally between the bonded atoms. The polarity of such a
bond is determined largely by the relative electronegativites of the bonded atoms. The asymmetrical charge distribution in a polar
substance produces a dipole moment, which is the product of the partial charges on the bonded atoms and the distance between
them.

6.5: Electronegativity and Bond Polarity is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

8.4: Bond Polarity and Electronegativity is licensed CC BY-NC-SA 3.0.
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7.1: Rate of a Chemical Reaction

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.

Figure : 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 ; 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 . 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.

Square brackets indicate molar concentrations, and the capital Greek delta (Δ) 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 Δ[A]/Δt to convert
that expression to a positive number. The reaction rate calculated for the reaction A → B using Equation  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.

Reaction rates generally decrease with time as reactant concentrations decrease.

 Learning Objectives
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A Video Discussing Average Reaction Rates. Video Link: Introduction to Chemical Reaction Kinetics(opens in new window)
[youtu.be] (opens in new window)

Determining the Reaction Rate of Hydrolysis of Aspirin
We can use Equation  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 .

Figure : 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

 and are shown in the graph in Figure .

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

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

0 5.55 × 10 0

2.0 5.51 × 10 0.040 × 10

5.0 5.45 × 10 0.10 × 10

10 5.35 × 10 0.20 × 10

20 5.15 × 10 0.40 × 10

30 4.96 × 10 0.59 × 10

40 4.78 × 10 0.77 × 10

50 4.61 × 10 0.94 × 10

100 3.83 × 10 1.72 × 10

200 2.64 × 10 2.91 × 10

300 1.82 × 10 3.73 × 10

*The reaction at pH 7.0 is very slow. It is much faster under acidic conditions, such as those found in the stomach.

Introduction to Chemical Reaction KinetIntroduction to Chemical Reaction Kinet……
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The data in Table  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).

Figure : 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:

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:

If the reaction rate is calculated during the last interval given in Table (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):

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:

0 1
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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:

The concentration of the reactant—in this case sucrose—decreases with time, so the value of Δ[sucrose] is negative. Consequently,
a minus sign is inserted in front of Δ[sucrose] in Equation  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 ) corresponds to sucrose, so the reaction rate
is generally defined as follows:

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

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 O  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 O  and to NO  are thus 1:2 and 1:4,
respectively. This means that the rate of change of [N O ] 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 O , the rate of
production of NO  is divided by 4. The reaction rate expressions are as follows:

2

 Example : Decomposition Reaction I

2 5 2 2

2

2

2 5 2

2 2 2 2 5 2

2 5 2
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The contact process is used in the manufacture of sulfuric acid. A key step in this process is the reaction of  with  to
produce .

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

Answer

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.

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

calculate the reaction rate from the following data taken at 56°C:

 Exercise : Contact Process I

Average Reaction RatesAverage Reaction Rates

 Example : Decomposition Reaction II
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Time (s) [N O ] (M) [NO ] (M) [O ] (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 , 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 t  = 600 s. From Example , the reaction rate can be
evaluated using any of three expressions:

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

B Substituting actual values into the expression,

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

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

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

Using the data in the following table, calculate the reaction rate of  with  to give .

calculate the reaction rate of  with  to give .

Time (s) [SO ] (M) [O ] (M) [SO ] (M)

300 0.0270 0.0500 0.0072

720 0.0194 0.0462 0.0148

Answer:
9.0 × 10  M/s

2 5 2 2

1 2

2 5

2 5

2

2 5 2 

2 5 2

 Exercise : Contact Process II

2 2 3
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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.

General definition of rate for A → B:

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

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

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 (Δ[R]) over a specific time interval (Δt). In contrast, an integrated
rate law describes the reaction rate in terms of the initial concentration ([R] ) 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:

the experimentally determined rate law usually has the following form:

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  tells us that Equation  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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This reaction produces t-butanol according to the following equation:

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

gives a general expression for the differential rate law:

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

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 (CH ) CBr but is independent of the concentration of water. Therefore, m and n in Equation  are 1 and 0,
respectively, and,

Because the exponent for the reactant is 1, the reaction is first order in (CH ) CBr. It is zeroth order in water because the exponent
for [H O] 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 (CH ) CBr doubles the reaction rate of the hydrolysis reaction,
halving the concentration of (CH ) CBr 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 × 10  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:

This reaction also has an overall reaction order of 1, but the rate constant in Equation  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
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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.

An experiment shows that the reaction of nitrogen dioxide with carbon monoxide:

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:

The reaction is second order in NO ; thus m = 2. The reaction is zero order in CO; thus n = 0. The rate law is:

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.

The rate law for the reaction:

has been experimentally determined to be . What are the orders with respect to each reactant, and what is the
overall order of the reaction?

Answer
order in NO = 2
order in H  = 1
overall order = 3

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 OH) and ethyl acetate (CH CH OCOCH ) as a sample reaction before studying the
chemical reactions that produce biodiesel:

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

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

Answer
order in CH OH = 1
order in CH CH OCOCH  = 0
overall order = 1

 Example : Writing Rate Laws from Reaction Orders
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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.

a. 

b. 

c. 

Given: balanced chemical equations and differential rate laws

Asked for: units of rate constant, reaction orders, and effect of doubling reactant concentration

Strategy:
A. Express 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)]:

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]  to k(2[HI])  = 4k[HI] . 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.

 Example : Differential Rate Laws
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C Doubling the initial cyclopropane concentration will increase the reaction rate from k[cyclopropane]  to
2k[cyclopropane] . This doubles the reaction rate.

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. 

b. 

Answer a

s ; first order in CH N=NCH ; first order overall; doubling [CH N=NCH ] will double the reaction rate.

Answer b

M ·s ; first order in NO , first order in F ; 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 , for example, we need to determine k and the exponents m and n in the following equation:

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  are given in Table .

Table : Rate Data for a Hypothetical Reaction of the Form 

Experiment [A] (M) [B] (M) Initial Rate (M/min)

1 0.50 0.50 8.5 × 10

2 0.75 0.50 19 × 10

3 1.00 0.50 34 × 10

4 0.50 0.75 8.5 × 10

5 0.50 1.00 8.5 × 10

The general rate law for the reaction is given in Equation . 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 .
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Inserting the appropriate values from Table ,

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.

Substituting the appropriate values from Table ,

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

rate = k[A] [B]  = k[A]

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

19 × 10  M/min = k(0.75 M)

3.4 × 10  M ·min  = k

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

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  to give

, which then reacts rapidly with water to give nitrous acid and nitric acid:

These reactions are important in maintaining steady levels of NO. The following table lists kinetics data for the reaction of NO
with O  at 25°C:

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

rate law for the reaction and calculate the rate constant.

Experiment [NO]  (M) [O ]  (M) Initial Rate (M/s)

1 0.0235 0.0125 7.98 × 10

2 0.0235 0.0250 15.9 × 10

3 0.0470 0.0125 32.0 × 10

4 0.0470 0.0250 63.5 × 10

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 [O ] , 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] , which indicates that the reaction is second order in NO. Using these relationships, we can write the rate
law for the reaction:

rate = k[NO] [O ]

B The data in any row can be used to calculate the rate constant. Using Experiment 1, for example, gives

Alternatively, using Experiment 2 gives

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

The overall reaction order , 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 O ) is a potent oxidizing agent that reacts rapidly with iodide ion in water:

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 [S O ]  (M) [I ]  (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 O ][I ]; k = 20 M ·s

2 2

2
1

2

2
2

2
2

 Exercise 

2 8
2−

2 8
2−

0
−

0

2 8
2− − −1 −1

https://libretexts.org/
https://chem.libretexts.org/@go/page/211190?pdf


7.2.8 https://chem.libretexts.org/@go/page/211190

A Video Discussing Initial Rates and Rate Law Expressions. Video Link: Initial Rates and Rate Law Expressions(opens in new
window) [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.

7.2: The Rate Law- The Effect of Concentration on Reaction Rate is shared under a not declared license and was authored, remixed, and/or
curated by LibreTexts.

14.3: Concentration and Rates (Differential Rate Laws) is licensed CC BY-NC-SA 3.0.
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8.1: The Equilibrium Constant (K)

To know the relationship between the equilibrium constant and the rate constants for the forward and reverse reactions.
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  to . Both the forward
and reverse reactions for this system consist of a single elementary reaction, so the reaction rates are as follows:

and

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

so

The ratio of the rate constants gives us a new constant, the equilibrium constant ( ), which is defined as follows:

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: Determining the Equilibrium Expression(opens in new window) [youtu.be]

Table  lists the initial and equilibrium concentrations from five different experiments using the reaction system described by
Equation . At equilibrium the magnitude of the quantity  is essentially the same for all five experiments. In fact,
no matter what the initial concentrations of  and  are, at equilibrium the quantity  will always be 

 Learning Objectives

Determining the Equilibrium ExpressionDetermining the Equilibrium Expression

https://libretexts.org/
https://chem.libretexts.org/@go/page/211192?pdf
https://chem.libretexts.org/Courses/GalwayMayo_Institute_of_Technology/Chemistry_1.1_(GMIT)/08%3A_Chemical_Equilibrium/8.01%3A_The_Equilibrium_Constant_(K)
https://youtu.be/ZK9cMIWFerY
https://www.youtube.com/watch?v=ZK9cMIWFerY


8.1.2 https://chem.libretexts.org/@go/page/211192

[\(\ce{NO2}\)] (M) [\(\ce{NO2}\)] (M)

 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 : Initial and Equilibrium Concentrations for  Mixtures at 25°C

 Initial Concentrations Concentrations at Equilibrium  

Experiment [ ] (M) [ ] (M) [ ] (M) [ ] (M)

1 0.0500 0.0000 0.0417 0.0165

2 0.0000 0.1000 0.0417 0.0165

3 0.0750 0.0000 0.0647 0.0206

4 0.0000 0.0750 0.0304 0.0141

5 0.0250 0.0750 0.0532 0.0186

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

where A and B are reactants, C and D are products, and a, b, c, 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:

where  is the equilibrium constant for the reaction. Equation  is called the equilibrium equation, and the right side of
Equation  is called the equilibrium constant expression. The relationship shown in Equation  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  shown in Table , 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  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  and  to
produce , which has an equilibrium constant of  at 300 K. Because  is a good reductant and  is a good oxidant,
the reaction proceeds essentially to completion. In contrast, values of  less than  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 : Equilibrium Constants for Selected Reactions*
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Reaction Temperature (K) Equilibrium Constant (K)

300

500

300

300

300

300

100

300

800

1000

1000

500

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

You will also notice in Table  that equilibrium constants have no units, even though Equation  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 , the units of concentration cancel, which makes 
unitless as well:

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

Many reactions have equilibrium constants between 1000 and 0.001 ( ), 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 :

The equilibrium constant expression for this reaction is

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

Figure  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  and ), when ,  is a large

 Effective vs. True Concentrations
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number, and the concentration of products at equilibrium predominate. This corresponds to an essentially irreversible reaction.
Conversely, when ,  is a very small number, and the reaction produces almost no products as written. Systems for which

 have significant concentrations of both reactants and products at equilibrium.

Figure : 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  means that products predominate at
equilibrium; a small value means that reactants predominate at equilibrium.

Write the equilibrium constant expression for each reaction.

Given: balanced chemical equations

Asked for: equilibrium constant expressions

Strategy:

Refer to Equation . 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,  has a coefficient of 1 and  has a coefficient
of 3. The equilibrium constant expression is as follows:

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

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

 Example : Equilibrium Constant Expressions
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Write the equilibrium constant expression for each reaction.

a. 
b. 
c. 

Answer a

Answer b

Answer c

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. 
2. 
3. 
4. 

Given: systems and values of 

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 , so at equilibrium it will consist of essentially only products.
b. System 2 has , 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 , indicating that the equilibrium mixtures will

contain appreciable amounts of both products and reactants.

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

Values of the equilibrium constant at various temperatures were reported as

,

 Exercise 

 Example 

 Exercise 
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, and
.

a. At which temperature would you expect to find the highest proportion of  and  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  is smallest

Answer b

25°C

Video which Discusses What Does K Tell us About a Reaction?: What Does K Tell us About a Reaction?(opens in new window)
[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  in reverse, we obtain the following:

The corresponding equilibrium constant  is as follows:

This expression is the inverse of the expression for the original equilibrium constant, so . That is, when we write a reaction
in the reverse direction, the equilibrium constant expression is inverted. For instance, the equilibrium constant for the reaction

 is as follows:

but for the opposite reaction, , the equilibrium constant K′ is given by the inverse expression:

Consider another example, the formation of water:

What does K tell us About a Reaction?What does K tell us About a Reaction?
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Because  is a good reductant and  is a good oxidant, this reaction has a very large equilibrium constant (  at 500
K). Consequently, the equilibrium constant for the reverse reaction, the decomposition of water to form  and , is very small: 

. 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  and .

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

as

with the equilibrium constant K″ is as follows:

The values for K′ (Equation ) and K″ are related as follows:

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  power.

A Video Discussing Relationships Involving Equilibrium Constants: Relationships Involving Equilibrium Constants(opens in new
window) [youtu.be] (opens in new window)

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

What is the equilibrium constant for each related reaction at 745 K?

a. 
b. 

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

Asked for: values of  for related reactions

Relationships Involving Equilibrium ConRelationships Involving Equilibrium Con……

 Example : The Haber Process
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Strategy:

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

Solution:

The equilibrium constant expression for the given reaction of  with  to produce  at 745 K is as follows:

This reaction is the reverse of the one given, so its equilibrium constant expression is as follows:

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

At 527°C, the equilibrium constant for the reaction

is . Calculate the equilibrium constant for the following reaction at the same temperature:

Answer

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  is used to denote equilibrium constants calculated from partial pressures. For
the general reaction , 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):

Thus  for the decomposition of  (Equation 15.1) is as follows:

Like ,  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  and  are usually different. They are, however,
related by the ideal gas constant ( ) and the absolute temperature ( ):

 Exercise
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where  is the equilibrium constant expressed in units of concentration and  is the difference between the numbers of moles of
gaseous products and gaseous reactants ( ). The temperature is expressed as the absolute temperature in Kelvin. According
to Equation ,  only if the moles of gaseous products and gaseous reactants are the same (i.e., ). For the
decomposition of , there are 2 mol of gaseous product and 1 mol of gaseous reactant, so . Thus, for this reaction,

\[K_p = K(RT)^1 = KRT \nonumber \]

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:

What is  for this reaction at the same temperature?

Given: equilibrium equation, equilibrium constant, and temperature

Asked for: 

Strategy:

Use the coefficients in the balanced chemical equation to calculate . Then use Equation  to calculate  from .

Solution:

This reaction has 2 mol of gaseous product and 4 mol of gaseous reactants, so . We know , and .
Thus, from Equation , we have the following:

Because  is a unitless quantity, the answer is .

Calculate  for the reaction

at 527°C, if  at this temperature.

Answer

 Example : The Haber Process (again)

 Exercise 
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Video Discussing Converting Kc to Kp: Converting Kc to Kp(opens in new window) [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  with  to give . This reaction is an important source of the 
that gives urban smog its typical brown color. The reaction normally occurs in two distinct steps. In the first reaction (step 1), 
reacts with  at the high temperatures inside an internal combustion engine to give . The released  then reacts with
additional  to give  (step 2). The equilibrium constant for each reaction at 100°C is also given.

Summing reactions (step 1) and (step 2) gives the overall reaction of  with :

The equilibrium constant expressions for the reactions are as follows:

What is the relationship between , , and , all at 100°C? The expression for  has  in the numerator, the expression
for  has  in the denominator, and  does not appear in the expression for . Multiplying  by  and canceling the

 terms,

Thus the product of the equilibrium constant expressions for  and  is the same as the equilibrium constant expression for :

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 Hess’s Law,  for the sum of two or more reactions is the sum of
the ΔH values for the individual reactions.

To determine  for a reaction that is the sum of two or more reactions, add the reactions
but multiply the equilibrium constants.

Converting Kc to KpConverting Kc to Kp
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The following reactions occur at 1200°C:

1. 
2. 

Calculate the equilibrium constant for the following reaction at the same temperature.

3. 

Given: two balanced equilibrium equations, values of , 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 
for that equation. Calculate  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:

The values for  and  are given, so it is straightforward to calculate :

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. 
2. 
3. 

Answer

Summary
The ratio of the rate constants for the forward and reverse reactions at equilibrium is the equilibrium constant ( ), 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 . For a system at equilibrium, the
law of mass action relates  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,  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 ( ) is related to  by the ideal gas constant ( ), the temperature ( ), and the change in the number of moles of gas

 Example 

 Exercise 
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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.

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

Equilibrium constant expression (law of mass action):

Equilibrium constant expression for reactions involving gases using partial pressures:

Relationship between  and :

8.1: 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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8.2: Expressing the Equilibrium Constant in Terms of Pressure

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 ]/[CaF ] 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:

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:

The equilibrium constant for this reaction can also be written in terms of the partial pressures of the gases:

Incorporating all the constant values into  or  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  and , the system
described in Equation  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 , 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.

 Learning Objectives

2 2 2
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Figure : 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.

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

a. 
b. 

Given: balanced equilibrium equations.

Asked for: expressions for  and .

Strategy:

Find  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  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 ( ) and a pure liquid ( ). Their activities are equal to 1, so when incorporated into
the equilibrium constant expression, they do not change the value. So

and

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

and

 Example 
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Write the expressions for  and  for the following reactions.

a. 
b. 

Answer a

 and 

Answer b

 and 

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
Anonymous
Modified by Tom Neils (Grand Rapids Community College)

8.2: 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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8.3: Calculating the Equilibrium Constant From Measured Equilibrium
Concentrations

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  to  and
 is . At 800°C, the concentration of  in equilibrium with solid  and  is . Thus K at

800°C is . (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).

This reaction can be written as follows:

and the equilibrium constant . 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,

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

The reaction between gaseous sulfur dioxide and oxygen is a key step in the industrial synthesis of sulfuric acid:

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

,
, and

.

 Learning Objectives

 Example 
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Calculate  and  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 .

Solution
Substituting the appropriate equilibrium concentrations into the equilibrium constant expression,

To solve for , we use the relationship derived previously

where :

Hydrogen gas and iodine react to form hydrogen iodide via the reaction

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

,
, and

.

Calculate  and  for this reaction.

Answer

 and 

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  shows one way to do this.

A 1.00 mol sample of  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 . Calculate  at this temperature. The
equation for the decomposition of  to  and  is as follows:

\[2 NOCl_{(g)} \rightleftharpoons 2NO_{(g)}+Cl_{2(g)}\nonumber \]

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

Asked for: 

 Exercise 

 Example 
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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:

To obtain the concentrations of , , and  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.

ICE

Initial    

Change    

Final    

B Initially, the system contains 1.00 mol of  in a 2.00 L container. Thus . The initial
concentrations of  and  are  because initially no products are present. Moreover, we are told that at equilibrium the
system contains 0.056 mol of  in a 2.00 L container, so . We insert these values into the
following table:

ICE

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
, the substance for which initial and final concentrations are known:

According to the coefficients in the balanced chemical equation, 2 mol of  are produced for every 1 mol of , so the
change in the  concentration is as follows:
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Similarly, 2 mol of  are consumed for every 1 mol of  produced, so the change in the  concentration is as
follows:

We insert these values into our table:

ICE

Initial 0.500 0 0

Change −0.056 +0.056 +0.028

Final   0.028

D We sum the numbers in the  and  columns to obtain the final concentrations of  and :

We can now complete the table:

ICE \([NOCl]

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:

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

at this temperature? What is ?

Answer

 and 

 Exercise 

https://libretexts.org/
https://chem.libretexts.org/@go/page/211194?pdf


8.3.5 https://chem.libretexts.org/@go/page/211194

A Video Disucssing Using ICE Tables to find Kc: Using ICE Tables to find Kc(opens in new window) [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 ), 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 .

ICE

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 (Δ[isobutane]) as , then the
change in the concentration of n-butane is Δ[n-butane] = . 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.

ICE

Initial 1.00 0

Change

Final

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

Rearranging and solving for ,

Using ICE Tables to �nd KcUsing ICE Tables to �nd Kc
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We obtain the final concentrations by substituting this  value into the expressions for the final concentrations of n-butane and
isobutane listed in the table:

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

This is the same  we were given, so we can be confident of our results.

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

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:

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

Given: balanced equilibrium equation, , and initial concentrations

Asked for: final concentrations

Strategy:

A. Construct a table showing what is known and what needs to be calculated. Define  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 . 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 .
C. Calculate the final concentrations of all species present. Check your answers by substituting these values into the

equilibrium constant expression to obtain .

Solution
A The initial concentrations of the reactants are . 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

 as , then . We can use the stoichiometry of the reaction to express the changes in the concentrations of the
other substances in terms of . For example, 1 mol of  is produced for every 1 mol of , so the change in the 
concentration can be expressed as . Similarly, for every 1 mol of  produced, 1 mol each of  and  are
consumed, so the change in the concentration of the reactants is . We enter the values in the following
table and calculate the final concentrations.

 Example : The water–gas shift reaction

2
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ICE

Initial 0.0150 0.0150 0 0

Change

Final

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

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

Taking the square root of the middle and right terms,

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

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

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

Hydrogen gas reacts with iodine vapor to give hydrogen iodide according to the following chemical equation:

 at 425°C. If 0.172 M  and  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

In Example , 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

 Exercise 
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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 .

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

Given: balanced equilibrium equation, concentrations of reactants, and 

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 .

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 .

Solution
A  and . Again,  is defined as the change in the concentration of : . Because
1 mol of  is produced for every 1 mol of , the change in the concentration of  is the same as the change in the
concentration of H2O, so Δ[CO] = +x. Similarly, because 1 mol each of  and  are consumed for every 1 mol of 
produced, . The final concentrations are the sums of the initial concentrations and the changes in
concentrations at equilibrium.

ICE

Initial 0.570 0.632 0 0

Change

Final

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

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

Collecting terms on one side of the equation,

This equation can be solved using the quadratic formula:

Only the answer with the positive value has any physical significance, so , and 
.

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

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

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

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

Answer

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 ( ) or very large ( ), which means that the change in the
concentration (defined as ) is essentially negligible compared with the initial concentration of a substance. Knowing this
simplifies the calculations dramatically, as illustrated in Example .

Atmospheric nitrogen and oxygen react to form nitric oxide:

with  at 25°C.

What is the partial pressure of NO in equilibrium with  and  in the atmosphere (at 1 atm,  and 
?

Given: balanced equilibrium equation and values of , , and 

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 . Check your answer by substituting values into the equilibrium equation and solving
for .

Solution
A Because we are given Kp and partial pressures are reported in atmospheres, we will use partial pressures. The initial partial
pressure of  is 0.21 atm and that of  is 0.78 atm. If we define the change in the partial pressure of  as , then the
change in the partial pressure of  and of  is  because 1 mol each of  and of  is consumed for every 2 mol of NO

 Exercise 

 Example 
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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.

ICE

Initial 0.78 0.21 0

Change

Final

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

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  value will be negligible compared with the initial concentrations. If this assumption is correct, then
to two significant figures,  and . Substituting these expressions into our original equation,

C Substituting this value of  into our expressions for the final partial pressures of the substances,

From these calculations, we see that our initial assumption regarding  was correct: given two significant figures,  is
certainly negligible compared with 0.78 and 0.21. When can we make such an assumption? As a general rule, if  is less than
about 5% of the total, or , 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 , an ingredient of smog,
does not form from atmospheric concentrations of  and  to a substantial degree at 25°C. We can verify our results by
substituting them into the original equilibrium equation:

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

Under certain conditions, oxygen will react to form ozone, as shown in the following equation:

with  at 25°C. What ozone partial pressure is in equilibrium with oxygen in the atmosphere ( )?

Answer

 Exercise 
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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 ( ). 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

.

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

with  at 25°C. If a mixture of 0.200 M  and 0.155 M  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, , 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  (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 . If we define  as
the change in the ethane concentration for the reverse reaction, then the change in the ethylene and hydrogen concentrations is

. The final equilibrium concentrations are the sums of the concentrations for the forward and reverse reactions.

IACE

Initial 0.200 0.155 0

Assuming 100% reaction 0.045 0 0.155

Change

Final

B Substituting values into the equilibrium constant expression,

 Example 
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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  is likely to be very small compared with either 0.155 M or 0.045 M, and the equation can
be simplified (  = 0.045 and ) as follows:

C The small  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:

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

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

Hydrogen reacts with chlorine gas to form hydrogen chloride:

with  at 47°C. If a mixture of 0.257 M  and 0.392 M  is allowed to equilibrate at 47°C, what is the
equilibrium composition of the mixture?

Answer

  

A Video Discussing Using ICE Tables to find Eq. Concentrations & Kc: Using ICE Tables to find Eq. Concentrations & Kc(opens
in new window) [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

 Exercise 

Using ICE Tables to �nd Eq. ConcentratiUsing ICE Tables to �nd Eq. Concentrati……
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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.

8.3: 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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8.4: Heterogenous Equilibria - Reactions Involving Solids and Liquids

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 ]/[CaF ] 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:

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:

The equilibrium constant for this reaction can also be written in terms of the partial pressures of the gases:

Incorporating all the constant values into  or  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  and , the system
described in Equation  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 , 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.

 Learning Objectives
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Figure : 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.

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

a. 
b. 

Given: balanced equilibrium equations.

Asked for: expressions for  and .

Strategy:

Find  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  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 ( ) and a pure liquid ( ). Their activities are equal to 1, so when incorporated into
the equilibrium constant expression, they do not change the value. So

and

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

and

 Example 
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Write the expressions for  and  for the following reactions.

a. 
b. 

Answer a

 and 

Answer b

 and 

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
Anonymous
Modified by Tom Neils (Grand Rapids Community College)

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

15.4: Heterogeneous Equilibria is licensed CC BY-NC-SA 3.0.
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8.5: Le Châtelier’s Principle- How a System at Equilibrium Responds to
Disturbances

Describe the ways in which an equilibrium system can be stressed
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 ( ) is equal to the equilibrium constant ( ). We next address what
happens when a system at equilibrium is disturbed so that  is no longer equal to . 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 . To re-establish equilibrium, the
system will either shift toward the products (if  or the reactants (if  until  returns to the same value as . This
process is described by Le 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 ; the reaction will shift to re-establish .

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  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  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 Fe  above its initial equilibrium concentration.

Figure : (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. . (c) Silver nitrate has been added to the solution in (b), precipitating some
of the SCN− as the white solid AgSCN. . 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) . (credit: modification of
work by Mark Ott).

 Learning Objectives

 Le Chatelier's principle
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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:

The numeric values for this example have been determined experimentally. A mixture of gases at 400 °C with 
and  is at equilibrium; for this mixture, . If  is introduced into the system so quickly that its
concentration doubles before it begins to react (new ), the reaction will shift so that a new equilibrium is reached, at
which

,
, and
.

This gives:

We have stressed this system by introducing additional . The stress is relieved when the reaction shifts to the right, using up
some (but not all) of the excess , reducing the amount of uncombined , and forming additional . Le Chatelier’s
Principle (Changing Concentrations): Le Chatelier’s Principle (Changing Concentrations)(opens
in new window) [youtu.be]

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

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 K ).
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.

Le Châtelier’s Principle (Changing ConcLe Châtelier’s Principle (Changing Conc……
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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 , , and  are at equilibrium:

The formation of additional amounts of  decreases the total number of molecules in the system because each time two
molecules of  form, a total of three molecules of  and  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  into  and , which tends to restore the pressure.

Now consider this reaction:

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):

Le Chatelier’s Principle (Changes in Pressure or Volume)(opens in new window) [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.

Because this reaction is exothermic, we can write it with heat as a product.

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 H  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.

Le Châtelier’s Principle (Changes in PreLe Châtelier’s Principle (Changes in Pre……
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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 H  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  and  in this reaction

The positive ΔH value tells us that the reaction is endothermic and could be written

At higher temperatures, the gas mixture has a deep brown color, indicative of a significant amount of brown  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  increases, and the concentration of brown  decreases,
causing the brown color to fade.

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

Table : Effects of Disturbances of Equilibrium and 

Disturbance
Observed Change as

Equilibrium is Restored
Direction of Shift Effect on K

reactant added
added reactant is partially

consumed
toward products none

product added
added product is partially

consumed
toward reactants none

decrease in volume/increase in
gas pressure

pressure decreases
toward side with fewer moles

of gas
none

increase in volume/decrease in
gas pressure

pressure increases
toward side with more moles of

gas
none

temperature increase heat is absorbed
toward products for

endothermic, toward reactants
for exothermic

changes

temperature decrease heat is given off
toward reactants for

endothermic, toward products
for exothermic

changes

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. : the amount of HgO is doubled.
b. : the concentration of  is tripled.
c. : 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.

2 2

 Example 
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Solution:

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

 does not appear in the equilibrium constant expression because it is a solid. Thus , which means that
the concentrations of the products are inversely proportional. If adding  triples the  concentration, for example, then
the  concentration must decrease by about a factor of 3 for the system to remain at equilibrium so that the product of the
concentrations equals .

For this reaction, , so halving the concentration of isobutane means that the n-butane concentration must also
decrease by about half if the system is to maintain equilibrium.

Write an equilibrium constant expression for each reaction. What must happen to the concentration of the substance in bold
when the indicated change occurs if the system is to maintain equilibrium?

a. : the concentration of  is decreased by a factor of 3.
b. : the amount of  is tripled.
c. : the concentration of  is doubled.

Answer a

;  must decrease by about a factor of 3.

Answer b

; solid lithium does not appear in the equilibrium constant expression, so no compensatory change is necessary.

Answer c

;  must decrease by about half.       

Le Chatelier’s Principle (Changes in Temperature):

Le Chatelier’s Principle (Changes in Temperature)(opens in new window) [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

 Exercise 

Le Châtelier’s Principle (Changes in TeLe Châtelier’s Principle (Changes in Te……
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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

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.

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 ). 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 : 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 (

) 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 I, 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

 Fritz Haber

1
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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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9.1: Alkanes- Saturated Hydrocarbons

To identify and name simple (straight-chain) alkanes given formulas and write formulas for straight-chain alkanes given
their names.

We begin our study of organic chemistry with the hydrocarbons, the simplest organic compounds, which are composed of carbon
and hydrogen atoms only. As we noted, there are several different kinds of hydrocarbons. They are distinguished by the types of
bonding between carbon atoms and the properties that result from that bonding. Hydrocarbons with only carbon-to-carbon single
bonds (C–C) and existing as a continuous chain of carbon atoms also bonded to hydrogen atoms are called alkanes (or saturated
hydrocarbons). Saturated, in this case, means that each carbon atom is bonded to four other atoms (hydrogen or carbon)—the most
possible; there are no double or triple bonds in the molecules.

The word saturated has the same meaning for hydrocarbons as it does for the dietary fats and oils: the molecule has no carbon-
to-carbon double bonds (C=C).

We previously introduced the three simplest alkanes—methane (CH ), ethane (C H ), and propane (C H ) and they are shown
again in Figure .

Figure : The Three Simplest Alkanes

The flat representations shown do not accurately portray bond angles or molecular geometry. Methane has a tetrahedral shape that
chemists often portray with wedges indicating bonds coming out toward you and dashed lines indicating bonds that go back away
from you. An ordinary solid line indicates a bond in the plane of the page. Recall that the VSEPR theory correctly predicts a
tetrahedral shape for the methane molecule (Figure ).

Figure : The Tetrahedral Methane Molecule

Methane (CH ), ethane (C H ), and propane (C H ) are the beginning of a series of compounds in which any two members in a
sequence differ by one carbon atom and two hydrogen atoms—namely, a CH  unit. The first 10 members of this series are given in
Table .

Table : The First 10 Straight-Chain Alkanes

 Learning Objectives

4 2 6 3 8

4 2 6 3 8
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Name Molecular Formula (C H ) Condensed Structural Formula Number of Possible Isomers

methane CH CH —

ethane C H CH CH —

propane C H CH CH CH —

butane C H CH CH CH CH 2

pentane C H CH CH CH CH CH 3

hexane C H CH CH CH CH CH CH 5

heptane C H CH CH CH CH CH CH CH 9

octane C H
CH CH CH CH CH CH CH

CH
18

nonane C H
CH CH CH CH CH CH CH

CH CH
35

decane C H
CH CH CH CH CH CH CH

CH CH CH
75

Consider the series in Figure . The sequence starts with C H , and a CH  unit is added in each step moving up the series. Any
family of compounds in which adjacent members differ from each other by a definite factor (here a CH  group) is called a
homologous series. The members of such a series, called homologs, have properties that vary in a regular and predictable manner.
The principle of homology gives organization to organic chemistry in much the same way that the periodic table gives organization
to inorganic chemistry. Instead of a bewildering array of individual carbon compounds, we can study a few members of a
homologous series and from them deduce some of the properties of other compounds in the series.

Figure : Members of a Homologous Series. Each succeeding formula incorporates one carbon atom and two hydrogen atoms
more than the previous formula.

The principle of homology allows us to write a general formula for alkanes: C H  . Using this formula, we can write a
molecular formula for any alkane with a given number of carbon atoms. For example, an alkane with eight carbon atoms has the
molecular formula C H  = C H .

Key Takeaway
Simple alkanes exist as a homologous series, in which adjacent members differ by a CH  unit.

9.1: Alkanes- Saturated Hydrocarbons is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

12.2: Structures and Names of Alkanes by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
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6 14 3 2 2 2 2 3

7 16 3 2 2 2 2 2 3

8 18
3 2 2 2 2 2 2

3

9 20
3 2 2 2 2 2 2

2 3

10 22
3 2 2 2 2 2 2

2 2 3

3 8 2

2

n 2n + 2

8 (2 × 8) + 2 8 18
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9.2: Alkenes and Alkynes

To name alkenes given formulas and write formulas for alkenes given names.

As noted before, alkenes are hydrocarbons with carbon-to-carbon double bonds (R C=CR ) and alkynes are hydrocarbons with
carbon-to-carbon triple bonds (R–C≡C–R). Collectively, they are called unsaturated hydrocarbons because they have fewer
hydrogen atoms than does an alkane with the same number of carbon atoms, as is indicated in the following general formulas:

Some representative alkenes—their names, structures, and physical properties—are given in Table .

Table : Physical Properties of Some Selected Alkenes

IUPAC Name Molecular Formula
Condensed Structural

Formula
Melting Point (°C) Boiling Point (°C)

ethene C H CH =CH –169 –104

propene C H CH =CHCH –185 –47

1-butene C H CH =CHCH CH –185 –6

1-pentene C H CH =CH(CH ) CH –138 30

1-hexene C H CH =CH(CH ) CH –140 63

1-heptene C H CH =CH(CH ) CH –119 94

1-octene C H CH =CH(CH ) CH –102 121

We used only condensed structural formulas in Table . Thus, CH =CH  stands for

The double bond is shared by the two carbons and does not involve the hydrogen atoms, although the condensed formula does not
make this point obvious. Note that the molecular formula for ethene is C H , whereas that for ethane is C H .

The first two alkenes in Table , ethene and propene, are most often called by their common names—ethylene and propylene,
respectively (Figure ). Ethylene is a major commercial chemical. The US chemical industry produces about 25 billion
kilograms of ethylene annually, more than any other synthetic organic chemical. More than half of this ethylene goes into the
manufacture of polyethylene, one of the most familiar plastics. Propylene is also an important industrial chemical. It is converted to
plastics, isopropyl alcohol, and a variety of other products.

 Learning Objectives
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Figure : Ethene and Propene. The ball-and-spring models of ethene/ethylene (a) and propene/propylene (b) show their
respective shapes, especially bond angles.

Although there is only one alkene with the formula C H  (ethene) and only one with the formula C H  (propene), there are
several alkenes with the formula C H .

Here are some basic rules for naming alkenes from the International Union of Pure and Applied Chemistry (IUPAC):

1. The longest chain of carbon atoms containing the double bond is considered the parent chain. It is named using the same stem
as the alkane having the same number of carbon atoms but ends in -ene to identify it as an alkene. Thus the compound
CH =CHCH  is propene.

2. If there are four or more carbon atoms in a chain, we must indicate the position of the double bond. The carbons atoms are
numbered so that the first of the two that are doubly bonded is given the lower of the two possible numbers.The compound
CH CH=CHCH CH , for example, has the double bond between the second and third carbon atoms. Its name is 2-pentene (not
3-pentene).

3. Substituent groups are named as with alkanes, and their position is indicated by a number. Thus, the structure below is 5-
methyl-2-hexene. Note that the numbering of the parent chain is always done in such a way as to give the double bond the
lowest number, even if that causes a substituent to have a higher number. The double bond always has priority in numbering.

Name each compound.

a. 

b. 

Solution
a. The longest chain containing the double bond has five carbon atoms, so the compound is a pentene (rule 1). To give the first

carbon atom of the double bond the lowest number (rule 2), we number from the left, so the compound is a 2-pentene.
There is a methyl group on the fourth carbon atom (rule 3), so the compound’s name is 4-methyl-2-pentene.

b. The longest chain containing the double bond has five carbon atoms, so the parent compound is a pentene (rule 1). To give
the first carbon atom of the double bond the lowest number (rule 2), we number from the left, so the compound is a 2-
pentene. There is a methyl group on the third carbon atom (rule 3), so the compound’s name is 3-methyl-2-pentene.

2 4 3 6

4 8

2 3

3 2 3

 Example 
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Name each compound.

a. CH CH CH CH CH CH=CHCH

b. 

Answer

Just as there are cycloalkanes, there are cycloalkenes. These compounds are named like alkenes, but with the prefix cyclo-
attached to the beginning of the parent alkene name.

Draw the structure for each compound.

a. 3-methyl-2-pentene
b. cyclohexene

Solution
a.

First write the parent chain of five carbon atoms: C–C–C–C–C. Then add the double bond between the second and third carbon
atoms:

Now place the methyl group on the third carbon atom and add enough hydrogen atoms to give each carbon atom a total of four
bonds.

b

First, consider what each of the three parts of the name means. Cyclo means a ring compound, hex means 6 carbon atoms, and -
ene means a double bond.

Draw the structure for each compound.

a. 2-ethyl-1-hexene
b. cyclopentene

Key Takeaway
Alkenes are hydrocarbons with a carbon-to-carbon double bond.

9.2: Alkenes and Alkynes is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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13.1: Alkenes- Structures and Names by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
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9.3: Hydrocarbon Reactions

To identify the main chemical properties of alkanes.

Alkane molecules are nonpolar and therefore generally do not react with ionic compounds such as most laboratory acids, bases,
oxidizing agents, or reducing agents. Consider butane as an example:

 

Butane plus O H superscript negative sign yields no reaction. There is also no reaction of butane with H superscript positive sign
and Mn O subscript 4 superscript negative sign.

Neither positive ions nor negative ions are attracted to a nonpolar molecule. In fact, the alkanes undergo so few reactions that they
are sometimes called paraffins, from the Latin parum affinis, meaning “little affinity.”

Two important reactions that the alkanes do undergo are combustion and halogenation. Nothing happens when alkanes are merely
mixed with oxygen ( ) at room temperature, but when a flame or spark provides the activation energy, a highly exothermic
combustion reaction proceeds vigorously. For methane (CH ), the reaction is as follows:

If the reactants are adequately mixed and there is sufficient oxygen, the only products are carbon dioxide ( ), water ( ), and
heat—heat for cooking foods, heating homes, and drying clothes. Because conditions are rarely ideal, however, other products are
frequently formed. When the oxygen supply is limited, carbon monoxide ( ) is a by-product:

This reaction is responsible for dozens of deaths each year from unventilated or improperly adjusted gas heaters. (Similar reactions
with similar results occur with kerosene heaters.)

Alkanes also react with the halogens chlorine ( ) and bromine ( ) in the presence of ultraviolet light or at high temperatures to
yield chlorinated and brominated alkanes. For example, chlorine reacts with excess methane ( ) to give methyl chloride (

).

With more chlorine, a mixture of products is obtained: , , , and . Fluorine ( ), the lightest halogen,
combines explosively with most hydrocarbons. Iodine ( ) is relatively unreactive. Fluorinated and iodinated alkanes are produced
by indirect methods.

Key Takeaway
Alkanes react with oxygen (combustion) and with halogens (halogenation).

9.3: Hydrocarbon Reactions is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

12.7: Chemical Properties of Alkanes by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
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9.4: Aromatic Hydrocarbons
Textbook, Hydrocarbons

Textbook, Hydrocarbons

Benzene, C H , is the simplest member of a large family of hydrocarbons, called aromatic hydrocarbons. These compounds contain
ring structures and exhibit bonding that must be described using the resonance hybrid concept of valence bond theory or the
delocalization concept of molecular orbital theory. (To review these concepts, refer to the earlier chapters on chemical bonding).
The resonance structures for benzene, C H , are:

 

Benzene is shown as a hexagonal ring. There are three double bonds in total. The left structure shows double bonds occupying
three sides of the hexagon. A double sided arrow points to the right structure which has three double bonds which occupy the three
previously unoccupied sides on the left.

Valence bond theory describes the benzene molecule and other planar aromatic hydrocarbon molecules as hexagonal rings of sp -
hybridized carbon atoms with the unhybridized p orbital of each carbon atom perpendicular to the plane of the ring. Three valence
electrons in the sp  hybrid orbitals of each carbon atom and the valence electron of each hydrogen atom form the framework of σ
bonds in the benzene molecule. The fourth valence electron of each carbon atom is shared with an adjacent carbon atom in their
unhybridized p orbitals to yield the π bonds. Benzene does not, however, exhibit the characteristics typical of an alkene. Each of the
six bonds between its carbon atoms is equivalent and exhibits properties that are intermediate between those of a C–C single bond
and a  double bond. To represent this unique bonding, structural formulas for benzene and its derivatives are typically drawn
with single bonds between the carbon atoms and a circle within the ring as shown in Figure .

Figure : This condensed formula shows the unique bonding structure of benzene.
A six carbon hexagonal ring structural formula is shown. Each C has an H atom beside it. A circle is at the center of the ring.

There are many derivatives of benzene. The hydrogen atoms can be replaced by many different substituents. Aromatic compounds
more readily undergo substitution reactions than addition reactions; replacement of one of the hydrogen atoms with another
substituent will leave the delocalized double bonds intact. The following are typical examples of substituted benzene derivatives:

 

Toluene has one of the H replaced by C H subscript 3 molecule. Xylene has 2 of the H atoms replaced by two C H subscript 3
molecules respectively. Styrene has one of the H atom replaced C H double bond C H subscript 2.

Toluene and xylene are important solvents and raw materials in the chemical industry. Styrene is used to produce the polymer
polystyrene.
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One possible isomer created by a substitution reaction that replaces a hydrogen atom attached to the aromatic ring of
toluene with a chlorine atom is shown here. Draw two other possible isomers in which the chlorine atom replaces a
different hydrogen atom attached to the aromatic ring:

 

A hexagonal structure of benzene is shown with one of the H replaced by a chlorine atom and another H replaced by C H
subscript 3. These two substitutions are apart by 1 carbon atom. Two structures are shown, one shows all the C and H in
the ring written out, while the other omits it.

Solution
Since the six-carbon ring with alternating double bonds is necessary for the molecule to be classified as aromatic,
appropriate isomers can be produced only by changing the positions of the chloro-substituent relative to the methyl-
substituent:

 

A hexagonal structure of benzene is shown with one of the H replaced by a chlorine atom and another H replaced by C H
subscript 3. There are two of these isomers. The first isomer has these two substitutions adjacent to one another while the
other are apart by 2 carbons. Two structures are shown for each isomer, one shows all the C and H in the ring written out,
while the other omits it.

Draw three isomers of a six-membered aromatic ring compound substituted with two bromines.

Answer

 

Structure of Aromatic Hydrocarbons

Exercise 
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A hexagonal structure of benzene is shown with two of the H replaced by two bromine atoms. Three of these isomers are shown.
The first isomer has these two substitutions adjacent to one another, the next isomer has these two bromines 1 carbon apart and the
final isomer has two bromines that are two carbons apart. Two structures are shown for each isomer, one shows all the C and H in
the ring written out, while the other omits it.

 

Contributors and Attributions
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).
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9.5: Functional Groups

To know the major classes of organic compounds and identify important functional groups.

You were previously introduced to several structural units that chemists use to classify organic compounds and predict their
reactivities. These functional groups, which determine the chemical reactivity of a molecule under a given set of conditions, can
consist of a single atom (such as Cl) or a group of atoms (such as CO H). The major families of organic compounds are
characterized by their functional groups. Figure  summarizes five families introduced in earlier chapters, gives examples of
compounds that contain each functional group, and lists the suffix or prefix used in the systematic nomenclature of compounds that
contain each functional group.

 Learning Objectives
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Figure : Major Classes of Organic Compounds

The first family listed in Figure  is the hydrocarbons. These include alkanes, with the general molecular formula C H
where n is an integer; alkenes, represented by C H ; alkynes, represented by C H ; and arenes. Halogen-substituted alkanes,
alkenes, and arenes form a second major family of organic compounds, which include the alkyl halides and the aryl halides.
Oxygen-containing organic compounds, a third family, may be divided into two main types: those that contain at least one C–O
bond, which include alcohols, phenols (derivatives of benzene), and ethers, and those that contain a carbonyl group (C=O), which
include aldehydes, ketones, and carboxylic acids. Carboxylic acid derivatives, the fourth family listed, are compounds in which the
OH of the –CO H functional group is replaced by either an alkoxy (–OR) group, producing an ester, or by an amido (–NRR′, where
R and R′ can be H and/or alkyl groups), forming an amide. Nitrogen-containing organic compounds, the fifth family, include
amines; nitriles, which have a C≡N bond; and nitro compounds, which contain the –NO  group.

The systematic nomenclature of organic compounds indicates the positions of substituents using the lowest numbers possible to
identify their locations in the carbon chain of the parent compound. If two compounds have the same systematic name, then they
are the same compound. Although systematic names are preferred because they are unambiguous, many organic compounds are
known by their common names rather than their systematic names. Common nomenclature uses the prefix form—for a compound
that contains no carbons other than those in the functional group, and acet—for those that have one carbon atom in addition [two in
the case of acetone, (CH ) C=O]. Thus methanal and ethanal, respectively, are the systematic names for formaldehyde and
acetaldehyde.

Recall that in the systematic nomenclature of aromatic compounds, the positions of groups attached to the aromatic ring are
indicated by numbers, starting with 1 and proceeding around the ring in the direction that produces the lowest possible numbers.
For example, the position of the first CH  group in dimethyl benzene is indicated with a 1, but the second CH  group, which can be
placed in any one of three positions, produces 1,2-dimethylbenzene, 1,3-dimethylbenzene, or 1,4-dimethylbenzene (Figure ).
In common nomenclature, in contrast, the prefixes ortho-, meta-, and para- are used to describe the relative positions of groups
attached to an aromatic ring. If the CH  groups in dimethylbenzene, whose common name is xylene, are adjacent to each other, the
compound is commonly called ortho-xylene, abbreviated o-xylene. If they are across from each other on the ring, the compound is
commonly called para-xylene or p-xylene. When the arrangement is intermediate between those of ortho- and para- compounds,
the name is meta-xylene or m-xylene.

Figure : Common Nomenclature for Aromatic Ring Substitutions
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We begin our discussion of the structure and reactivity of organic compounds by exploring structural variations in the simple
saturated hydrocarbons known as alkanes. These compounds serve as the scaffolding to which the various functional groups are
most often attached.

Summary
Functional groups determine the chemical reactivity of an organic molecule. Functional groups are structural units that determine
the chemical reactivity of a molecule under a given set of conditions. Organic compounds are classified into several major
categories based on the functional groups they contain. In the systematic names of organic compounds, numbers indicate the
positions of functional groups in the basic hydrocarbon framework. Many organic compounds also have common names, which use
the prefix form—for a compound that contains no carbons other than those in the functional group and acet—for those that have
one additional carbon atom.

Conceptual Problems
1. Can two substances have the same systematic name and be different compounds?
2. Is a carbon–carbon multiple bond considered a functional group?

9.5: Functional Groups is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.
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9.6: Alcohols

Identify the general structure for an alcohol.
Identify the structural feature that classifies alcohols as primary, secondary, or tertiary.
Name alcohols with both common names and IUPAC names

An alcohol is an organic compound with a hydroxyl (OH) functional group on an aliphatic carbon atom. Because OH is the
functional group of all alcohols, we often represent alcohols by the general formula ROH, where R is an alkyl group. Alcohols are
common in nature. Most people are familiar with ethyl alcohol (ethanol), the active ingredient in alcoholic beverages, but this
compound is only one of a family of organic compounds known as alcohols. The family also includes such familiar substances as
cholesterol and the carbohydrates. Methanol (CH OH) and ethanol (CH CH OH) are the first two members of the homologous
series of alcohols.

Nomenclature of Alcohols

Alcohols with one to four carbon atoms are frequently called by common names, in which the name of the alkyl group is followed
by the word alcohol:

 

Structural formula of methyl alcohol, ethyl alcohol, propyl alcohol, and isopropyl alcohol with the methyl, ethyl propyl, and
isopropyl groups highlighted in green.

According to the International Union of Pure and Applied Chemistry (IUPAC), alcohols are named by changing the ending of the
parent alkane name to -ol. Here are some basic IUPAC rules for naming alcohols:

1. The longest continuous chain (LCC) of carbon atoms containing the OH group is taken as the parent compound—an alkane
with the same number of carbon atoms. The chain is numbered from the end nearest the OH group.

2. The number that indicates the position of the OH group is prefixed to the name of the parent hydrocarbon, and the -e ending of
the parent alkane is replaced by the suffix -ol. (In cyclic alcohols, the carbon atom bearing the OH group is designated C1, but
the 1 is not used in the name.) Substituents are named and numbered as in alkanes.

3. If more than one OH group appears in the same molecule (polyhydroxy alcohols), suffixes such as -diol and -triol are used. In
these cases, the -e ending of the parent alkane is retained.

Figure  shows some examples of the application of these rules.

Structures of 2 methylbutan-2-ol, 3 5-dimethylhexan-1-ol, 6 methylheptan-3-ol, 2 bromo 5 chlorocyclopentanol are shown to
highlight rules 1 and 2. 1 2 ethanediol and propane 1 2 3 triol are shown to highlight rule 3
Figure : IUPAC Rules for Alcohols. The names and structures of some alcohols demonstrate the use of IUPAC rules.

Give the IUPAC name for each compound.

a. 
From left to right, there are ten carbon on the alkane straight chain with methyl groups emerging from carbon 3 and 5 and a
hydroxyl group on carbon 8.

HOCH CH CH CH CH OH

 Learning Objectives
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Solution
a. Ten carbon atoms in the LCC makes the compound a derivative of decane (rule 1), and the OH on the third carbon atom makes

it a 3-decanol (rule 2).

The carbon atoms are numbered from the end closest to the OH group. That fixes the two methyl (CH ) groups at the sixth and
eighth positions. The name is 6,8-dimethyl-3-decanol (not 3,5-dimethyl-8-decanol).

b. Five carbon atoms in the LCC make the compound a derivative of pentane. Two OH groups on the first and fifth carbon atoms
make the compound a diol and give the name 1,5-pentanediol (rule 3).

Give the IUPAC name for each compound.

a. 

Draw the structure for each compound.

a. 2-hexanol
b. 3-methyl-2-pentanol

Solution
a. The ending -ol indicates an alcohol (the OH functional group), and the hex- stem tells us that there are six carbon atoms in

the LCC. We start by drawing a chain of six carbon atoms: –C–C–C–C–C–C–.

The 2 indicates that the OH group is attached to the second carbon atom.

Finally, we add enough hydrogen atoms to give each carbon atom four bonds.

The numbers indicate that there is a methyl (CH ) group on the third carbon atom and an OH group on the second carbon atom.

3

 Exercise 

 Example 
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Draw the structure for each compound.

a. 3-heptanol

2-methyl-3-hexanol

Classification of Alcohols

Some of the properties of alcohols depend on the number of carbon atoms attached to the specific carbon atom that is attached to
the OH group. Alcohols can be grouped into three classes on this basis.

A primary (1°) alcohol is one in which the carbon atom (in red) with the OH group is attached to one other carbon atom (in
blue). Its general formula is RCH OH.

A secondary (2°) alcohol is one in which the carbon atom (in red) with the OH group is attached to two other carbon atoms (in
blue). Its general formula is R CHOH.

A tertiary (3°) alcohol is one in which the carbon atom (in red) with the OH group is attached to three other carbon atoms (in
blue). Its general formula is R COH.

Table  names and classifies some of the simpler alcohols. Some of the common names reflect a compound’s classification as
secondary (sec-) or tertiary (tert-). These designations are not used in the IUPAC nomenclature system for alcohols. Note that there
are four butyl alcohols in the table, corresponding to the four butyl groups: the butyl group (CH CH CH CH ) discussed before,
and three others:

Table : Classification and Nomenclature of Some Alcohols

 Exercise 
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Condensed Structural Formula Class of Alcohol Common Name IUPAC Name

CH OH — methyl alcohol methanol

CH CH OH primary ethyl alcohol ethanol

CH CH CH OH primary propyl alcohol 1-propanol

(CH ) CHOH secondary isopropyl alcohol 2-propanol

CH CH CH CH OH primary butyl alcohol 1-butanol

CH CH CHOHCH secondary sec-butyl alcohol 2-butanol

(CH ) CHCH OH primary isobutyl alcohol 2-methyl-1-propanol

(CH ) COH tertiary tert-butyl alcohol 2-methyl-2-propanol

secondary cyclohexyl alcohol cyclohexanol

Summary

In the IUPAC system, alcohols are named by changing the ending of the parent alkane name to -ol. Alcohols are classified
according to the number of carbon atoms attached to the carbon atom that is attached to the OH group.

Explain why the boiling points of alcohols are higher than those of ethers and alkanes of similar molar masses.
Explain why alcohols and ethers of four or fewer carbon atoms are soluble in water while comparable alkanes are not
soluble.

Alcohols can be considered derivatives of water (H O; also written as HOH).

Like the H–O–H bond in water, the R–O–H bond is bent, and alcohol molecules are polar. This relationship is particularly apparent
in small molecules and reflected in the physical and chemical properties of alcohols with low molar mass. Replacing a hydrogen
atom from an alkane with an OH group allows the molecules to associate through hydrogen bonding (Figure ).

Figure : Intermolecular Hydrogen Bonding in Methanol. The OH groups of alcohol molecules make hydrogen bonding
possible.
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Recall that physical properties are determined to a large extent by the type of intermolecular forces. Table  lists the molar
masses and the boiling points of some common compounds. The table shows that substances with similar molar masses can have
quite different boiling points.

Table : Comparison of Boiling Points and Molar Masses

Formula Name Molar Mass Boiling Point (°C)

CH methane 16 –164

HOH water 18 100

C H ethane 30 –89

CH OH methanol 32 65

C H propane 44 –42

CH CH OH ethanol 46 78

C H butane 58 –1

CH CH CH OH 1-propanol 60 97

Alkanes are nonpolar and are thus associated only through relatively weak dispersion forces. Alkanes with one to four carbon
atoms are gases at room temperature. In contrast, even methanol (with one carbon atom) is a liquid at room temperature. Hydrogen
bonding greatly increases the boiling points of alcohols compared to hydrocarbons of comparable molar mass. The boiling point is
a rough measure of the amount of energy necessary to separate a liquid molecule from its nearest neighbors. If the molecules
interact through hydrogen bonding, a relatively large quantity of energy must be supplied to break those intermolecular attractions.
Only then can the molecule escape from the liquid into the gaseous state.

Alcohols can also engage in hydrogen bonding with water molecules (Figure ). Thus, whereas the hydrocarbons are insoluble
in water, alcohols with one to three carbon atoms are completely soluble. As the length of the chain increases, however, the
solubility of alcohols in water decreases; the molecules become more like hydrocarbons and less like water. The alcohol 1-decanol
(CH CH CH CH CH CH CH CH CH CH OH) is essentially insoluble in water. We frequently find that the borderline of
solubility in a family of organic compounds occurs at four or five carbon atoms.

Figure : Hydrogen Bonding between Methanol Molecules and Water Molecules. Hydrogen bonding between the OH of
methanol and water molecules accounts for the solubility of methanol in water.
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Summary
Alcohols have higher boiling points than do ethers and alkanes of similar molar masses because the OH group allows alcohol
molecules to engage in hydrogen bonding. Alcohols of four or fewer carbon atoms are soluble in water because the alcohol
molecules engage in hydrogen bonding with water molecules; comparable alkane molecules cannot engage in hydrogen bonding.

1. Give two major types of reactions of alcohols.
2. Describe the result of the oxidation of a primary alcohol.
3. Describe the result of the oxidation of a secondary alcohol.

Chemical reactions in alcohols occur mainly at the functional group, but some involve hydrogen atoms attached to the OH-bearing
carbon atom or to an adjacent carbon atom. Of the three major kinds of alcohol reactions, which are summarized in Figure ,
two—dehydration and oxidation—are considered here. The third reaction type—esterification—is covered elsewhere.

Figure : Reactions of Alcohols. Oxidation and dehydration of alcohols are considered here.
A flow diagram of three possible reactions of an alcohol. The final products of the reactions are also shown at the end of the flow
diagram.

Dehydration
As noted in Figure , an alcohol undergoes dehydration in the presence of a catalyst to form an alkene and water. The reaction
removes the OH group from the alcohol carbon atom and a hydrogen atom from an adjacent carbon atom in the same molecule:

 

Structural formula of ethanol dehydrating under excess concentrated sulfuric acid at 180 degrees celsius. The products are ethylene
and a side product of a water molecule.

Under the proper conditions, it is possible for the dehydration to occur between two alcohol molecules. The entire OH group of one
molecule and only the hydrogen atom of the OH group of the second molecule are removed. The two ethyl groups attached to an
oxygen atom form an ether molecule.
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Two molecules of ethanol are dehydrated under concentrated sulfuric acid at 140 degrees celsius and excess ethanol to give a
diethyl ether and a water molecule.

(Ethers are discussed in elsewhere) Thus, depending on conditions, one can prepare either alkenes or ethers by the dehydration of
alcohols.

Both dehydration and hydration reactions occur continuously in cellular metabolism, with enzymes serving as catalysts and at
a temperature of about 37°C. The following reaction occurs in the "Embden–Meyerhof" pathway

 

Structural formula of 2 phosphoglycerate forming phosphoenolpyruvate and a water molecule with the aid of enzymes.

Although the participating compounds are complex, the reaction is the same: elimination of water from the starting material. The
idea is that if you know the chemistry of a particular functional group, you know the chemistry of hundreds of different
compounds.

Oxidation

Primary and secondary alcohols are readily oxidized. We saw earlier how methanol and ethanol are oxidized by liver enzymes to
form aldehydes. Because a variety of oxidizing agents can bring about oxidation, we can indicate an oxidizing agent without
specifying a particular one by writing an equation with the symbol [O] above the arrow. For example, we write the oxidation of
ethanol—a primary alcohol—to form acetaldehyde—an aldehyde—as follows:

 

Formula of ethanol reacting to form acetaldehyde with an O in a bracket above the right pointing arrow.

We shall see that aldehydes are even more easily oxidized than alcohols and yield carboxylic acids. Secondary alcohols are
oxidized to ketones. The oxidation of isopropyl alcohol by potassium dichromate ( ) gives acetone, the simplest ketone:

Unlike aldehydes, ketones are relatively resistant to further oxidation, so no special precautions are required to isolate them as they
form. Note that in oxidation of both primary (RCH OH) and secondary (R CHOH) alcohols, two hydrogen atoms are removed
from the alcohol molecule, one from the OH group and other from the carbon atom that bears the OH group.

These reactions can also be carried out in the laboratory with chemical oxidizing agents. One such oxidizing agent is
potassium dichromate. The balanced equation (showing only the species involved in the reaction) in this case is as follows:

2 2
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Alcohol oxidation is important in living organisms. Enzyme-controlled oxidation reactions provide the energy cells need to do
useful work. One step in the metabolism of carbohydrates involves the oxidation of the secondary alcohol group in isocitric acid to
a ketone group:

The overall type of reaction is the same as that in the conversion of isopropyl alcohol to acetone.

Tertiary alcohols (R COH) are resistant to oxidation because the carbon atom that carries the OH group does not have a hydrogen
atom attached but is instead bonded to other carbon atoms. The oxidation reactions we have described involve the formation of a
carbon-to-oxygen double bond. Thus, the carbon atom bearing the OH group must be able to release one of its attached atoms to
form the double bond. The carbon-to-hydrogen bonding is easily broken under oxidative conditions, but carbon-to-carbon bonds
are not. Therefore tertiary alcohols are not easily oxidized.

Write an equation for the oxidation of each alcohol. Use [O] above the arrow to indicate an oxidizing agent. If no reaction
occurs, write “no reaction” after the arrow.

a. CH CH CH CH CH OH

b. 
From left to right, there are four carbons on the alkane straight chain with a methyl and hydroxyl group on carbon 2.

c. 
From left to right, there are six carbons on the alkane straight chain with a hydroxyl group on carbon 2.

Solution
The first step is to recognize the class of each alcohol as primary, secondary, or tertiary.

a. This alcohol has the OH group on a carbon atom that is attached to only one other carbon atom, so it is a primary alcohol.
Oxidation forms first an aldehyde and further oxidation forms a carboxylic acid.

3
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b. This alcohol has the OH group on a carbon atom that is attached to three other carbon atoms, so it is a tertiary alcohol. No

reaction occurs. 
c. This alcohol has the OH group on a carbon atom that is attached to two other carbon atoms, so it is a secondary alcohol;

oxidation gives a ketone. 

Write an equation for the oxidation of each alcohol. Use [O] above the arrow to indicate an oxidizing agent. If no reaction
occurs, write “no reaction” after the arrow.

a. 
From left to right, there are six carbons on the alkane straight chain with a hydroxyl group and methyl group on carbon 3.

b. 
From left to right, there are four carbons on the alkane straight chain with a methyl group on carbon 3 as well as a hydroxyl
group on carbon 4.

c. 
From left to right, there are six carbons on the alkane straight chain with a methyl group on carbon 2 and a hydroxyl group
on carbon 3.

Summary
Alcohols can be dehydrated to form either alkenes (higher temperature, excess acid) or ethers (lower temperature, excess alcohol).
Primary alcohols are oxidized to form aldehydes. Secondary alcohols are oxidized to form ketones. Tertiary alcohols are not readily
oxidized.

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

14.2: Alcohols - Nomenclature and Classification by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
14.3: Physical Properties of Alcohols by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
14.5: Reactions of Alcohols by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
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9.7: Aldehydes and Ketones

Identify the general structure for an aldehyde and a ketone.
Use common names to name aldehydes and ketones.
Use the IUPAC system to name aldehydes and ketones.

The next functional group we consider, the carbonyl group, has a carbon-to-oxygen double bond.

Carbonyl groups define two related families of organic compounds: the aldehydes and the ketones.

The carbonyl group is ubiquitous in biological compounds. It is found in carbohydrates,
fats, proteins, nucleic acids, hormones, and vitamins—organic compounds critical to
living systems.

In a ketone, two carbon groups are attached to the carbonyl carbon atom. The following general formulas, in which R represents an
alkyl group and Ar stands for an aryl group, represent ketones.

In an aldehyde, at least one of the attached groups must be a hydrogen atom. The following compounds are aldehydes:

In condensed formulas, we use CHO to identify an aldehyde rather than COH, which might be confused with an alcohol. This
follows the general rule that in condensed structural formulas H comes after the atom it is attached to (usually C, N, or O).

The carbon-to-oxygen double bond is not shown but understood to be present. Because they contain the same functional group,
aldehydes and ketones share many common properties, but they still differ enough to warrant their classification into two families.

Naming Aldehydes and Ketones

Both common and International Union of Pure and Applied Chemistry (IUPAC) names are frequently used for aldehydes and
ketones, with common names predominating for the lower homologs. The common names of aldehydes are taken from the names
of the acids into which the aldehydes can be converted by oxidation.

 Learning Objectives
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The stems for the common names of the first four aldehydes are as follows:

1 carbon atom: form-
2 carbon atoms: acet-
3 carbon atoms: propion-
4 carbon atoms: butyr-

Because the carbonyl group in a ketone must be attached to two carbon groups, the simplest ketone has three carbon atoms. It is
widely known as acetone, a unique name unrelated to other common names for ketones.

Generally, the common names of ketones consist of the names of the groups attached to the carbonyl group, followed by the word
ketone. (Note the similarity to the naming of ethers.) Another name for acetone, then, is dimethyl ketone. The ketone with four
carbon atoms is ethyl methyl ketone.

Classify each compound as an aldehyde or a ketone. Give the common name for each ketone.

a. 

b. 

c. 

Solution
a. This compound has the carbonyl group on an end carbon atom, so it is an aldehyde.
b. This compound has the carbonyl group on an interior carbon atom, so it is a ketone. Both alkyl groups are propyl groups.

The name is therefore dipropyl ketone.

 Example 
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c. This compound has the carbonyl group between two alkyl groups, so it is a ketone. One alkyl group has three carbon atoms
and is attached by the middle carbon atom; it is an isopropyl group. A group with one carbon atom is a methyl group. The
name is therefore isopropyl methyl ketone.

Classify each compound as an aldehyde or a ketone. Give the common name for each ketone.

1. 

2. 

3. 

Here are some simple IUPAC rules for naming aldehydes and ketones:

The stem names of aldehydes and ketones are derived from those of the parent alkanes, defined by the longest continuous chain
(LCC) of carbon atoms that contains the functional group.
For an aldehyde, drop the -e from the alkane name and add the ending -al. Methanal is the IUPAC name for formaldehyde, and
ethanal is the name for acetaldehyde.
For a ketone, drop the -e from the alkane name and add the ending -one. Propanone is the IUPAC name for acetone, and
butanone is the name for ethyl methyl ketone.
To indicate the position of a substituent on an aldehyde, the carbonyl carbon atom is always considered to be C1; it is
unnecessary to designate this group by number.
To indicate the position of a substituent on a ketone, number the chain in the manner that gives the carbonyl carbon atom the
lowest possible number. In cyclic ketones, it is understood that the carbonyl carbon atom is C1.

Give the IUPAC name for each compound.

a. 

b. 

c. 

Solution
a. There are five carbon atoms in the LCC. The methyl group (CH ) is a substituent on the second carbon atom of the chain;

the aldehyde carbon atom is always C1. The name is derived from pentane. Dropping the -e and adding the ending -al gives
pentanal. The methyl group on the second carbon atom makes the name 2-methylpentanal.

b. There are five carbon atoms in the LCC. The carbonyl carbon atom is C3, and there are methyl groups on C2 and C4. The
IUPAC name is 2,4-dimethyl-3-pentanone.

c. There are six carbon atoms in the ring. The compound is cyclohexanone. No number is needed to indicate the position of
the carbonyl group because all six carbon atoms are equivalent.

 Exercise 

 Example 
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Give the IUPAC name for each compound.

a. 

b. 

c. 

Draw the structure for each compound.

a. 7-chlorooctanal
b. 4-methyl–3-hexanone

Solution
a. The octan- part of the name tells us that the LCC has eight carbon atoms. There is a chlorine (Cl) atom on the seventh

carbon atom; numbering from the carbonyl group and counting the carbonyl carbon atom as C1, we place the Cl atom on
the seventh carbon atom.

b. The hexan- part of the name tells us that the LCC has six carbon atoms. The 3 means that the carbonyl carbon atom is C3 in
this chain, and the 4 tells us that there is a methyl (CH ) group at C4:

Draw the structure for each compound.

a. 5-bromo-3-iodoheptanal
b. 5-bromo-4-ethyl-2-heptanone

Summary
The common names of aldehydes are taken from the names of the corresponding carboxylic acids: formaldehyde, acetaldehyde,
and so on. The common names of ketones, like those of ethers, consist of the names of the groups attached to the carbonyl group,
followed by the word ketone. Stem names of aldehydes and ketones are derived from those of the parent alkanes, using an -al
ending for an aldehydes and an -one ending for a ketone.

 Exercise

 Example 
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Explain why the boiling points of aldehydes and ketones are higher than those of ethers and alkanes of similar molar
masses but lower than those of comparable alcohols.
Compare the solubilities in water of aldehydes and ketones of four or fewer carbon atoms with the solubilities of
comparable alkanes and alcohols.
Name the typical reactions take place with aldehydes and ketones.
Describe some of the uses of common aldehydes and ketones.

The carbon-to-oxygen double bond is quite polar, more polar than a carbon-to-oxygen single bond. The electronegative oxygen
atom has a much greater attraction for the bonding electron pairs than does the carbon atom. The carbon atom has a partial positive
charge, and the oxygen atom has a partial negative charge:

In aldehydes and ketones, this charge separation leads to dipole-dipole interactions that are great enough to significantly affect the
boiling points. Table  shows that the polar single bonds in ethers have little such effect, whereas hydrogen bonding between
alcohol molecules is even stronger.

Table : Boiling Points of Compounds Having Similar Molar Masses but Different Types of Intermolecular Forces

Compound Family Molar Mass
Type of Intermolecular

Forces
Boiling Point (°C)

CH CH CH CH alkane 58 dispersion only –1

CH OCH CH ether 60 weak dipole 6

CH CH CHO aldehyde 58 strong dipole 49

CH CH CH OH alcohol 60 hydrogen bonding 97

Formaldehyde is a gas at room temperature. Acetaldehyde boils at 20°C; in an open vessel, it boils away in a warm room. Most
other common aldehydes are liquids at room temperature.

Although the lower members of the homologous series have pungent odors, many higher aldehydes have pleasant odors and
are used in perfumes and artificial flavorings. As for the ketones, acetone has a pleasant odor, but most of the higher homologs
have rather bland odors.

The oxygen atom of the carbonyl group engages in hydrogen bonding with a water molecule.

The solubility of aldehydes is therefore about the same as that of alcohols and ethers. Formaldehyde, acetaldehyde, and acetone are
soluble in water. As the carbon chain increases in length, solubility in water decreases. The borderline of solubility occurs at about
four carbon atoms per oxygen atom. All aldehydes and ketones are soluble in organic solvents and, in general, are less dense than
water.

 Learning Objectives
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Oxidation of Aldehydes and Ketones
Aldehydes and ketones are much alike in many of their reactions, owing to the presence of the carbonyl functional group in both.
They differ greatly, however, in one most important type of reaction: oxidation. Aldehydes are readily oxidized to carboxylic acids,
whereas ketones resist oxidation.

The aldehydes are, in fact, among the most easily oxidized of organic compounds. They are oxidized by oxygen ( ) in air to
carboxylic acids.

The ease of oxidation helps chemists identify aldehydes. A sufficiently mild oxidizing agent can distinguish aldehydes not only
from ketones but also from alcohols. Tollens’ reagent, for example, is an alkaline solution of silver ( ) ion complexed with
ammonia (NH ), which keeps the  ion in solution.

When Tollens’ reagent oxidizes an aldehyde, the  ion is reduced to free silver ( ).

Deposited on a clean glass surface, the silver produces a mirror (Figure ). Ordinary ketones do not react with Tollens’ reagent.

Figure : Aldehyde Reactions. A reaction related to the Tollens’ reaction is often used to silver mirrors. These ornaments were
silvered by such a reaction. Glucose, a simple sugar with an aldehyde functional group, is used as the reducing agent. Source:
Photo courtesy of Krebs Glas Lauscha, commons.wikimedia.org/wiki/File:Silvering.jpg.

A person wearing gloves is holding a bunch of ornaments that she has just lifted from a basin containing a solution.

Although ketones resist oxidation by ordinary laboratory oxidizing agents, they undergo combustion, as do aldehydes.

Some Common Carbonyl Compounds

Formaldehyde has an irritating odor. Because of its reactivity, it is difficult to handle in the gaseous state. For many uses, it is
therefore dissolved in water and sold as a 37% to 40% aqueous solution called formalin. Formaldehyde denatures proteins,
rendering them insoluble in water and resistant to bacterial decay. For this reason, formalin is used in embalming solutions and in
preserving biological specimens.
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Aldehydes are the active components in many other familiar substances. Large quantities of formaldehyde are used to make
phenol-formaldehyde resins for gluing the wood sheets in plywood and as adhesives in other building materials. Sometimes the
formaldehyde escapes from the materials and causes health problems in some people. While some people seem unaffected, others
experience coughing, wheezing, eye irritation, and other symptoms.

The odor of green leaves is due in part to a carbonyl compound, cis-3-hexenal, which
with related compounds is used to impart a “green” herbal odor to shampoos and other
products.

Acetaldehyde is an extremely volatile, colorless liquid. It is a starting material for the preparation of many other organic
compounds. Acetaldehyde is formed as a metabolite in the fermentation of sugars and in the detoxification of alcohol in the liver.
Aldehydes are the active components of many other familiar materials (Figure ).

Figure  Some Interesting Aldehydes. (a) Benzaldehyde is an oil found in almonds; (b) cinnamaldehyde is oil of cinnamon; (c)
vanillin gives vanilla its flavor; (d) cis-3-hexenal provides an herbal odor; and (e) trans-2-cis-6-nonadienal gives a cucumber odor.

Acetone is the simplest and most important ketone. Because it is miscible with water as well as with most organic solvents, its chief
use is as an industrial solvent (for example, for paints and lacquers). It is also the chief ingredient in some brands of nail polish
remover.

Acetone is formed in the human body as a by-product of lipid metabolism. Normally, acetone does not accumulate to an
appreciable extent because it is oxidized to carbon dioxide and water. The normal concentration of acetone in the human body
is less than 1 mg/100 mL of blood. In certain disease states, such as uncontrolled diabetes mellitus, the acetone concentration
rises to higher levels. It is then excreted in the urine, where it is easily detected. In severe cases, its odor can be noted on the
breath.

Ketones are also the active components of other familiar substances, some of which are noted in the accompanying figure.

 To Your Health: Acetone in Blood, Urine, and Breath
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Some ketones have interesting properties: (a) Butter flavoring comes from 2,3-butanedione; (b) β-ionone is responsible for the
odor of violets; (c) muscone is musk oil, an ingredient in perfumes; and (d) camphor is used in some insect repellents.

Certain steroid hormones have the ketone functional group as a part of their structure. Two examples are progesterone, a hormone
secreted by the ovaries that stimulates the growth of cells in the uterine wall and prepares it for attachment of a fertilized egg, and
testosterone, the main male sex hormone. These and other sex hormones affect our development and our lives in fundamental ways.

Summary

The polar carbon-to-oxygen double bond causes aldehydes and ketones to have higher boiling points than those of ethers and
alkanes of similar molar masses but lower than those of comparable alcohols that engage in intermolecular hydrogen bonding.
Aldehydes are readily oxidized to carboxylic acids, whereas ketones resist oxidation.

9.7: Aldehydes and Ketones is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

14.9: Aldehydes and Ketones- Structure and Names by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
14.10: Properties of Aldehydes and Ketones by Anonymous is licensed CC BY-NC-SA 3.0. Original source:
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological.
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9.8: Carboxylic Acids and Esters

Aldehydes and Ketones
There are a number of functional groups that contain a carbon-oxygen double bond, which is commonly referred to as a carbonyl.
Ketones and aldehydes are two closely related carbonyl-based functional groups that react in very similar ways. In a ketone, the
carbon atom of a carbonyl is bonded to two other carbons. In an aldehyde, the carbonyl carbon is bonded on one side to a
hydrogen, and on the other side to a carbon. The exception to this definition is formaldehyde, in which the carbonyl carbon has
bonds to two hydrogens.

Molecules with carbon-nitrogen double bonds are called imines, or Schiff bases.

Carboxylic acids and acid derivatives
If a carbonyl carbon is bonded on one side to a carbon (or hydrogen) and on the other side to a heteroatom (in organic chemistry,
this term generally refers to oxygen, nitrogen, sulfur, or one of the halogens), the functional group is considered to be one of the
‘carboxylic acid derivatives’, a designation that describes a grouping of several functional groups. The eponymous member of
this grouping is the carboxylic acid functional group, in which the carbonyl is bonded to a hydroxyl (OH) group.

As the name implies, carboxylic acids are acidic, meaning that they are readily deprotonated to form the conjugate base form,
called a carboxylate (much more about carboxylic acids in the acid-base chapter!).

In amides, the carbonyl carbon is bonded to a nitrogen. The nitrogen in an amide can be bonded either to hydrogens, to carbons, or
to both. Another way of thinking of an amide is that it is a carbonyl bonded to an amine.

In esters, the carbonyl carbon is bonded to an oxygen which is itself bonded to another carbon. Another way of thinking of an ester
is that it is a carbonyl bonded to an alcohol. Thioesters are similar to esters, except a sulfur is in place of the oxygen.
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In an acyl phosphate, the carbonyl carbon is bonded to the oxygen of a phosphate, and in an acid chloride, the carbonyl carbon is
bonded to a chlorine.

Finally, in a nitrile group, a carbon is triple-bonded to a nitrogen. Nitriles are also often referred to as cyano groups.

A single compound often contains several functional groups. The six-carbon sugar molecules glucose and fructose, for example,
contain aldehyde and ketone groups, respectively, and both contain five alcohol groups (a compound with several alcohol groups is
often referred to as a ‘polyol’).

Capsaicin, the compound responsible for the heat in hot peppers, contains phenol, ether, amide, and alkene functional groups.

The male sex hormone testosterone contains ketone, alkene, and secondary alcohol groups, while acetylsalicylic acid (aspirin)
contains aromatic, carboxylic acid, and ester groups.

While not in any way a complete list, this section has covered most of the important functional groups that we will encounter in
biological and laboratory organic chemistry. The table on the inside back cover provides a summary of all of the groups listed in
this section, plus a few more that will be introduced later in the text.

9.8: Carboxylic Acids and Esters is shared under a not declared license and was authored, remixed, and/or curated by LibreTexts.

24.6: Compounds with a Carbonyl Group is licensed CC BY-NC-SA 3.0.
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9.9: Amines
15.11: Amines - Structures and Names
15.12: Physical Properties of Amines

Name the typical reactions that take place with amines.
Describe heterocyclic amines.

Recall that ammonia (NH ) acts as a base because the nitrogen atom has a lone pair of electrons that can accept a proton. Amines
also have a lone electron pair on their nitrogen atoms and can accept a proton from water to form substituted ammonium (NH )
ions and hydroxide (OH ) ions:

As a specific example, methylamine reacts with water to form the methylammonium ion and the OH  ion.

Nearly all amines, including those that are not very soluble in water, will react with strong acids to form salts soluble in water.

Amine salts are named like other salts: the name of the cation is followed by the name of the anion.

What are the formulas of the acid and base that react to form [CH NH CH CH ] CH COO ?

Solution
The cation has two groups—methyl and ethyl—attached to the nitrogen atom. It comes from ethylmethylamine
(CH NHCH CH ). The anion is the acetate ion. It comes from acetic acid (CH COOH).

What are the formulas of the acid and base that react to form ?

Salts of aniline are properly named as anilinium compounds, but an older system, still in use for naming drugs, identifies the
salt of aniline and hydrochloric acid as “aniline hydrochloride.” These compounds are ionic—they are salts—and the
properties of the compounds (solubility, for example) are those characteristic of salts. Many drugs that are amines are
converted to hydrochloride salts to increase their solubility in aqueous solution.

Heterocyclic Amines

Looking back at the various cyclic hydrocarbons discussed previously, we see that all the atoms in the rings of these compounds are
carbon atoms. In other cyclic compounds, called heterocyclic compounds (Greek heteros, meaning “other”), nitrogen, oxygen,

 Learning Objectives
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 To Your Health: Amine Salts as Drugs

https://libretexts.org/
https://chem.libretexts.org/@go/page/211206?pdf
https://chem.libretexts.org/Courses/GalwayMayo_Institute_of_Technology/Chemistry_1.1_(GMIT)/09%3A_Organic_Chemistry/9.09%3A_Amines
https://chem.libretexts.org/https%3A%2F%2Fchem.libretexts.org/Textbook_Maps/Introductory_Chemistry_Textbook_Maps/Map%3A_The_Basics_of_GOB_Chemistry_(Ball_et_al.)/15%3A_Organic_Acids_and_Bases_and_Some_of_Their_Derivatives/15.11%3A_Amines_-_Structures_and_Names
https://chem.libretexts.org/https%3A%2F%2Fchem.libretexts.org/Textbook_Maps/Introductory_Chemistry_Textbook_Maps/Map%3A_The_Basics_of_GOB_Chemistry_(Ball_et_al.)/15%3A_Organic_Acids_and_Bases_and_Some_of_Their_Derivatives/15.12%3A_Physical_Properties_of_Amines


9.9.2 https://chem.libretexts.org/@go/page/211206

sulfur, or some other atom is incorporated in the ring. Many heterocyclic compounds are important in medicine and biochemistry.
Some compose part of the structure of the nucleic acids, which in turn compose the genetic material of cells and direct protein
synthesis.

Many heterocyclic amines occur naturally in plants. Like other amines, these compounds are basic. Such a compound is an
alkaloid, a name that means “like alkalis.” Many alkaloids are physiologically active, including the familiar drugs caffeine,
nicotine, and cocaine.

Caffeine is a stimulant found in coffee, tea, and some soft drinks. Its mechanism of action is not well understood, but it is
thought to block the activity of adenosine, a heterocyclic base that acts as a neurotransmitter, a substance that carries messages
across a tiny gap (synapse) from one nerve cell (neuron) to another cell. The effective dose of caffeine is about 200 mg,
corresponding to about two cups of strong coffee or tea.

Nicotine acts as a stimulant by a different mechanism; it probably mimics the action of the neurotransmitter acetylcholine.
People ingest this drug by smoking or chewing tobacco. Its stimulant effect seems transient, as this initial response is followed
by depression. Nicotine is highly toxic to animals. It is especially deadly when injected; the lethal dose for a human is
estimated to be about 50 mg. Nicotine has also been used in agriculture as a contact insecticide.

Cocaine acts as a stimulant by preventing nerve cells from taking up dopamine, another neurotransmitter, from the synapse.
High levels of dopamine are therefore available to stimulate the pleasure centers of the brain. The enhancement of dopamine
action is thought to be responsible for cocaine’s “high” and its addictive properties. After the binge, dopamine is depleted in
less than an hour. This leaves the user in a pleasureless state and (often) craving more cocaine.

 To Your Health: Three Well-Known Alkaloids
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Cocaine is used as the salt cocaine hydrochloride and in the form of broken lumps of the free (unneutralized) base, which is
called crack cocaine.

Because it is soluble in water, cocaine hydrochloride is readily absorbed through the watery mucous membranes of the nose
when it is snorted. Crack cocaine is more volatile than cocaine hydrochloride. It vaporizes at the temperature of a burning
cigarette. When smoked, cocaine reaches the brain in 15 s.

Summary
Amines are bases; they react with acids to form salts. Salts of aniline are properly named as anilinium compounds, but an older
system is used to name drugs: the salts of amine drugs and hydrochloric acid are called “hydrochlorides.” Heterocyclic amines are
cyclic compounds with one or more nitrogen atoms in the ring.

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

15.12: Amines as Bases by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/introduction-
to-chemistry-general-organic-and-biological.
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