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The nudibranch uses a particular molecule (called an allomone) to defend itself 
against predators. (Manex(ata/apiedra/Getty Images) 

Bonding: General Concepts 
3.1 Types of Chemical Bonds 3.5 The Covalent Chemical Bond: 3.10 Naming Simple Compounds 

3.2 Electronegativity A Model Binary Ionic Compounds (Type I) 

3.3 Ions: Electron Configurations Models: An Overview Formulas from Names 

and Sizes 3.6 The Localized Electron Bonding Binary Ionic Compounds (Type II) 

Predicting Formulas of Ionic Model Ionic Compounds with Polyatomic 

Compounds 3.7 Lewis Structures Ions 

Sizes of Ions 3.8 Exceptions to the Octet Rule Binary Covalent Compounds 

3.4 Partial Ionic Character of Covalent Odd-Electron Molecules 
(Type Ill) 

Bonds 3.9 Resonance 
Acids 

Formal Charge 

98 

Ex. 2022-009



Quartz grows in beautiful, regular 

crystals. 

As we examine the wurld around us. we fincl it to be composed almost e ntirely 
of compound,;; :md mixwrcs of compounds: Rocks. co:.il , soil, petroleum. 

trees, and human bodies are all complex mixtures of chemical compounds in which 
different kinds of atoms nre bound together. Sub~tances composed uf unbound atom~ 
clo ex ist in nature. but they are very rare. Examples are the argon in the atmosphere and 
the helium mixed with n:1turnl gas n;~e rve~. 

The manner in which atoms are bound together has a profound effect on chemical 
and physical properties. For example, graphite i~ a '>Ol"t , s lippery material useJ a~ a 
lubricant in locks, and diamond is one of the hardest inalcrial, known. valuable botli 
a~ a gemstone and in indu\trial cut ting 100I,. Why clo thc,c 1m1teria l,. hoth cnmpo,ecl 
solely of carbon atorm. have ~uch di llereni propertie<.' The an, wcr. ns wc will , ee. lie, 
in the bonding in these sub~1a11ce~. 

Silicon and carbon are next to ..:.ich \>th..: r in Group -L-\ \J r tlie pe ri\1d1c 
table. From our knowledge of periodic trend,, we might expect SiO1 and 
CO2 to be very similar. Bui SiO2 is the empirical formula of sil ica, which 
is fou nd in sand and quartL. and carhon diuxide is a gas. a product of 
respiration. Why are they so different? We will he ahle to answer this 
question after we have developed models for bonding. 

Moleculnr bonding and s tructure play the central role in determining 
the course of all chemical reactions, many of which are vital to our sur­
vival. Later in this book we will demonstrate their importance by showing 
how enzymes facilitate complex chemical reactiom,, how genetic charac­
teri stics are transferred, and how hemoglobin in the blood canies oxygen 
throughout the body. All of these fundame nta l biological reactions hinge 
on the geometric structures of molecules, sometimes depending on very 
~ubtlc diffe rence:- in molecular shape to channe l the chemical react ion one 
way rather than another. 

Many of the world 's current problems require fundamentally chemi­
cal an:-.wer:,: di :,ease and pollution control, the search for new energy 
sources, the development of new fertilizers to increase crop yields, the 

improvement of the protein content in various :,taple graim, and many more. To 
understand the behavior of natural materia ls, we must under~tand the nature of 
chem ical bonding and the factors that control the structures of compounds. In this 
chapter we will present various classes of compounds that illustrate the differe nt 
types of bonds and then develop models to describe the structure and bonding that 
characterize materials found in nature. Later these models will be useful in under­
standing chemical reactions. 

In Chapters I and 2, we were concerned with the structure and properties of 
atoms. But as we s tated earlier, free atoms in nature are rare--natural substances 
are almost always atoms bonded together. Thus, we wi ll now turn our attention to 
how the atoms combine to form molecules . Why is it that atoms bond together in a 
molecule? How do they do this? Once we understand this, we will be able to make 
sense of the structure of molecules (Chapter 4) and we wi II use this knowledge to 
better understand the forces that hold mo lecules together in liquids and solids 
(Chapter 9). 

Types of Chemical Bonds 
From a chemist's viewpoint, the most interesting characteristic of an atom is its ability 
to combine with o ther atoms to form compounds. It was John Dalton who first recog­
nized that chemical compounds are collections of atoms, but he could not determine 
the structure of atoms or thei r means for binding to each other. During the twentieth 
century we learned that atoms have electrons and that these electrons partic ipate in 
bonding one atom to another. 

99 
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100 CHAPTER 3 Bonding: General Concepts 

FIGURE 3.1 (a)The structural 
formula for methane. (b) Space-filling 
model of methane. This type of model 
shows both the relative sizes of the atoms 
in the molecule and their spatial 
relationships. (c) Ball-and-stick model 
of methane. 

The forces that hold atoms together in compounds are called chemical bonds. One 
way that atoms can form bonds is by sharing electrons. These bonds are called cova­
lent bonds, and the resulting collection of atoms is called a molecule. Molecules can 
be represented in several different ways. The simplest method is the chemical formula, 
in which the symbols for the elements are used to indicate the types of atoms present 
and subscripts are used to indicate the relative numbers of atoms. For example, the 
formula for carbon dioxide is CO2, meaning that each molecule contains l atom of 
carbon and 2 atoms of oxygen. 

Examples of molecules that contain covalent bonds are hydrogen (H2). water (H20). 

oxygen (02). ammonia (NH ,). and methane (CH.1). More information about a molecule 
is given by its structural formula, in which the individual bonds are shown (indicated 
by lines). Structural formulas may or may not indicate the actual shape of the mole­
cule. For example, water might be represented as 

The structure on the right shows the actual shape of the water molecule. Scientists 
know from experimental evidence that the molecule looks like this. (We will study the 
shapes of molecules further in Chapter 4.) 

The structural formula for ammonia is 

N 
/ · ·•, 

HHH 

Ammonia. 

Note that atoms connected to the nitrogen atom by dashed lines are behind the plane 
of the paper, and atoms connected to the nitrogen atom by wedges are in front of the 
plane of the paper. 

In a compound composed of molecules, the individual molecules move around as 
independent units. For example, a molecule of methane gas can be represented in 
several ways. The structural formula for methane (CH4 ) is shown in Fig. 3.1 (a). The 
space-filling model of methane. which shows the relative sizes of the atoms as well 
as their relative orientation in the molecule, is given in Fig. 3.1 (b). Ball-and-stick 
models are also used to represent molecules. The ball-and-stick structure of methane 
is shown in Fig. 3.1 (c). 

What is a chemical bond? There is no simple and yet complete answer to this ques­
tion. For our purposes we will define bonds as forces that hold groups of atoms to­
gether and make them function as a unit. 

There are many types of experiments we can perform to determine the fundamental 
nature of materials. For example, we can study physical properties such as melting 
point, hardness, and electrical and thermal conductivity. We can also study solubility 
characteristics and the properties of the resulting solutions. To determine the charge 
distribution in a molecule, we can study its behavior in an electric field. We can obtain 

Methane 

-flt--- - -- -flJt---------- ~t---------
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3. 1 Types of Chemical Bonds 101 

CHEMICAL CONNECTIONS 3.1 
No Lead Pencils 

Did you ever wonder why the part of 

a pencil that makes the mark is 

called the "lead"? Pencils have no lead in 

them now-and they never have. 

Apparently the association between 

writing and the element lead arose 

during the Roman Empire, when lead 

rods were used as writing utensils 

because they leave a gray mark on 

paper. Many centuries later, in 1564, a 

deposit of a black substance found to be 

very useful for writing was discovered in 

Borrowdale, England. This substance, 

originally called "black lead;' was shown 

in 1879 by Swedish chemist Carl Scheele 

to be a form of carbon and was 

subsequently named graphite (after the 

Greek graphein, meaning "to write"). 

Originally, chunks of graphite from 

Borrowdale, called marking stones, were 

used as writing instruments. Later, sticks 

of graphite were used. Because graphite 

is brittle, the sticks needed reinforce­

ment. At first they were wrapped in 

string, which was unwound as the core 

wore down. Eventually, graphite rods 

were tied between two wooden slats or 

inserted into hollowed-out wooden 

sticks to form the first crude pencils. 

Although Borrowdale graphite was 

pure enough to use directly, most 

graphite must be mixed with other 

materials to be useful for writing 

instruments. In 1795, the French chemist 

Nicolas-Jaques Conte invented a process 

in which graphite is mixed with clay and 

water to produce pencil "lead;' a recipe 

that is still used today. In modern pencil 

manufacture, graphite and clay are 

mixed and crushed into a fine powder to 

which water is added. After the gray 

sludge is blended for several days, it is 

dried, ground up again, and mixed with 

more water to give a gray paste. The 

paste is extruded through a metal tube 

to form thin rods, which are then cut 

into pencil-length pieces called "leads:' 

These leads are heated in an oven to 

1000°c until they are smooth and hard. 

The ratio of clay to graphite is adjusted 

to vary the hardness of the lead-the 

more clay in the mix, the harder the lead 

and the lighter the line it makes. 

Pencils are made from a slat of 

wood with several grooves cut in it to 

hold the leads. A similar grooved slat is 

then placed on top and glued to form a 

"sandwich" from which individual 

pencils are cut, sanded smooth, and 

painted. Although many types of wood 

have been used over the years to make 

pencils, the current favorite is incense 

cedar from the Sierra Nevada Moun­

tains of California. 

Modern pencils are simple but 

amazing instruments. The average 

pencil can write approximately 45,000 

words, which is equivalent to a line 35 

miles long. The graphite in a pencil is 

easily transferred to paper because 

graphite contains layers of carbon 

atoms bound together in a "chicken­

wire" structure. Although the bonding 

within each layer is very strong, the 

bonding between layers is weak, giving 

graphite its slippery, soft nature. In this 

way, graphite is much different from 

diamond, the other common elemental 

form of carbon. In diamond the carbon 

atoms are bound tightly in all three 

dimensions, making it extremely 

hard-the hardest natural substance. 

Pencils are very useful-especially 

for doing chemistry problems­

because we can erase our mistakes. 

Most pencils used in the United States 

have erasers (first attached to pencils in 

1858), although most European pencils 

do not. Laid end to end, the number of 

pencils made in the United States each 

year would circle the earth about 15 

times. Penci ls illustrate how useful a 

simple substance like graphite can be. 

Graphite 
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102 CHAPTER 3 Bonding: General Concepts 

A bond will form if the energy of the 
aggregate is lower than that of the 
separated atoms. 

information about the strength of a bonding interaction by measuring the bond energy, 
which is the energy required to break the bond. 

Tl1ere are several ways in which atoms can interact with one another to form ag­
gregates. We wil l consider several specific examples to illustrate the various types of 
chemical bond5. 

We observe that when solid sodium chloride is dissolved in water, the resulting 
solution conducts electricity, a fact that helps to convince us that sodium chloride is 
composed of Na+ and c1- ions. Therefore, when sodium and chlorine react to form 
sodium chloride, electrorn, nre trnnsferrecl from the souium atoms to the chlorine 
atoms to form Na+ and cI - iom, which then nggregate to form solid sodium chloride. 
Why does this happen? The best simple answer is thnt the system can achieve the 
/owesr possible energy by he haring in thiJ way. The attraction of a chlorine atom for 
the extra electron and the very strong mutual attractions of the oppositely charged 
ions provide the driving forces for the process. Note that in an ionic substance such 
as sodium chloride. there are no individual Na""·· -c1- bond5 but many simultaneous 
interactions among the ions. The resulting solid sodium chloride is a very sturdy ma­
terial; it has a melting point of approximately 800°C. The bonding: forces that produce 
this great thermal stability result from the electrostatic attractions of the closely 
packed, oppositely charged ions. This is an example of ionic bonding. Ionic sub­
stances are formed when an atom that loses electrons relatively easily reacts with an 
atom that has a high affinity for electrnns. That i~, an ionic compound r~. ·ults when 
a metal reacts with a nonmetal. 

The energy of interaction between a pair of ions can be calculated using Coulomb's 
law in the form 

£=(2.31 X I0- I 9 J·nm)(Q I

1
~

2
) 

where £ has units of joules, r is the distance between the ion centers in nanometers, 
and Q1 and Q2 are the numerical ion charges. 

For example, in solid sodium chloride the distance between the centers of the Na " 
and Cl - ions is 2. 76 A (0.276 nm), and the ionic energy per pair of ions is 

£= (231 X J0- 19 J·¢})[(+ ])( - I)] = -837 X I0- 19 J 
• l 0.276 Pfl1 • 

where the negative sign indicates an attractive force. That is, the ion pair has lower 
energy than the separated ions. 

Coulomb's law also can be used to calculate the repulsive energy when two like­
charged ions are brought together. ln this case the calculated value of the energy will 
have a positive sign, indicating that the pair of like-charged ions have higher energy 
than when they are separated. 

We have seen that a bonding force develops when two different types of atoms react 
to form opposite ly charged ions. But how does a bonding force develop between two 
identical atoms? Let's explore this situation from a very simple point of view by con­
sidering the energy terms that result when two hydrogen atoms are brought close to­
gether, as shown in Fig. 3.2(a). When hydrogen a toms are brought close together, there 
are two unfavorable potential energy terms, proton-proton repulsion and electron­
electron repulsion, and one favorable term, proton-electron attraction. Under what 
conditions will the H2 molecule be favored over the separated hydrogen atoms? That 
is, what conditions will favor bond formation? The answer lies in the strong tendency 
in nature for any system to achieve the lowest possible energy. A bond will form (that 
is, the two hydrogen atoms will exist as a molecular unit) if the system can lower its 
total energy in the process. 

In this case, then, the hydrogen atoms will position themselves so that the system 
will achieve the lowest possible energy; the system wi ll act to minimize the sum of the 
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HH 
H H 

I) - - - - -

- -l 12 - - - - - - - • - • - • , 

0 0.074 

/ Internuclear distance (nrnJ----------

( H ... H bond length) 

r:r• JRE 3. 2 (a) The intera<.tion of two hydrogen atoms {the red dots indicate electron density). Going. 
from top to bottom, note that the electron density increases between the nuclei until the system reaches 
minimum energy. (b) Energy profile as a function of the distance between the nuclei of the hydrogen atoms. 
As the atoms approach each other (right side of graph), the energy decreases until the distance reaches 
0.074 nm (74 pm) and then begins to increase again due to repulsions 

'lo,ice that to understand why d bond 
forrn5, ~ve need to kno1,·,,, th~ structure of 
i::h:> tltom,; 

positive (repulsive) energy terms and the negaUve (allractive) energy term. The dis­
tance where the energy is minimal is called the bond l.ength. The tota l energy of this 
system as a function of distance between the hydrogen nuclei is shown in Fig. 3.2(b). 
Note several impor1a.11t features of this diagram: 

The energy terms involved are the net potential energy that results from the at­
tractions and n:pulsions among the charged particles and the kine tic energy due 
to the motions of the electrons. 

The zero point of energy is defined with the atoms at infinite separation. 

At very short distances the energy rises steeply because of the importance of the 
repulsive forces when the atoms are very close together. 

The bond length is the distance at which the system has minimum energy. 

In the H2 molecule, the electrons reside primarily in the space between the two 
nuclei, where they are attracted simultaneously by both protons. This positioning is 
precisely what leads to the stability of the H2 molecule compared with two separated 
hydrogen atoms. The potential energy of each electron is lowered because of the in­
creased attractive forces in this area. When we say that a bond is formed between the 
hydrogen atoms, we mean that the H2 molecule is more stable than two separated hy­
drogen atoms by a certain quantity of energy (the bond energy). This is the energy that 
would be required to beak apart the molecule into separate hydrogen atoms. 

We can also think of a bond in terms of forces. The simultaneous attraction of each 
electron by the protons generates a force that pulls the protons toward each other and 
that just balances the proton-proton and electron-electron repulsive forces at the dis­
tance con-esponding to the bond length. 
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FIGURE 3.3 Theeffectofanelectric 
field on hydrogen fluoride molecules. 
(a) When no electric field is present, the 
molecules are randomly oriented. 
(b) When the field is turned on, the 
molecules tend to line up with their 
negative ends toward the positive pole 
and their positive ends toward the 
negative pole. 

Ionic and covalent bonds are the extreme 
bond types. 

H F 

-t!'J1----------- - m-----------

No elecLric field Elec,ric fidu 

The type of bonding we encounter in the hydrogen molecule and in many other 
molecules in which electrons are shared by nrtclei is called covalent bonding. 

So far we have considered two extreme types of bonding. In ionic bonding the 
participating atoms arc so different that one or more electrons are transferred to form 
oppositely charged ions, which then attract each other. ln covalent bonding between 
two identical atoms, the electrons are shared equally. The bonding results from the 
mutual attraction of the two nuclei for the shared electrons. Between these extremes 
are intermedialc cases in which the atoms are not so different that electrons are com­
pletely tran~ferred but are different enough that unequal sharing result,. forming 
what is called a polar covalent bond. An example of this type of bond occurs in 
molecules of HF (hydrogen fluoride). When a sample of hydrogen fluoride gas is 
placed in an e lectric field, the molecules tend to orient themselves as shown in 
Fig. 3.3, with the fluoride end dosest to the positive pole and the hydrogen end clos­
est to the negative pole. This result implie1, that the HF molecule has the following 
charge distribution: 

H- F 
f, f, 

where o (lowercase delta) is used to indicate a fractionaJ charge. 
The most logical explanation for the development of the partial positive and nega­

tive charges on the atoms (bond polarity) in molecules such as HF is that the electrons 
in the bonds are not shared equally. For example, we can account for the polarity of the 
HF molecule by assuming that the fluorine atom has a stronger attraction for the shared 
electrons than the hydrogen atom. Because bond polarity has important chemical im­
plications, we find it useful to quantify the ability of an atom to attract shared elec­
trons. In the next section we show how this is done. 

Electronegativity 
The different affinities of atoms for the electrons in a bond are described by a property 
called electronegativity: the ability of an atom in a molecule to attract shared elec­
trons to itself 

The most widely accepted method for determining values of electronegativity is 
that of Linus Pauling (1901- 1995), an American scientist who won the Nobel Prizes 
for both chemistry and peace. To understand Pauling's model, consider a hypothetical 
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molecule I-IX. The relitlive e lec tr()negativitics of the Hand X at0m, are determined by 
comparing Lhe measured H·-X bond energy with the "expected· · H -X bond energy. 
We will assume that the --expected" bond energy i~ an u\ernge uJ the H- H anJ X- X 
bond energies: 

H-H bond energy+ X.-X bond energy 
E,pected H- X hond energy= ---··-·-----···- ·;:,·- -· -- ·-· ----

The difference (1) between tl1e actual (measured) and !:'"<peeled bond energies i5 

u = (1-1·-X)_,_, - (H-Xt,,, 

If Hand X have identical electron.:galiv ities, (H-X;"" and (H- X)0,r are the same. 
and ~ is 0. On the other hanJ. if X has a greate1 elel:tro11i::gu1i, it) than H, th.: ~hared 
elt:ctn.m(s) will tend to be closer LO the X atom. The molecule will be polar, with the 
following charge distribution: 

H- X 

Note that thi~ bond can be viewed as having an ionic as well a!> a covalent compo­
nent. The attraction between the partially (and oppositely) charged Hand X atoms will 
lead to a greater bond strength. Thus (H-X).01 will be larger than (H-X),xp· The 
greater is the difference in the electronegativities of the atoms, the greater is the ionic 
component of the bond and. the greater is the value of~- Thus the relative electronega­
tivities of H and X can be assigned from the 6. values. 

Electronegativity values have been determined by this process for virtually all the 
elements; the results arc given in Fig. 3.4. Note that elcc1roncgativity generally in­
creases going from left to right aero,, a period and decreases going down a group for 
the representative e lements. The range of electronegativity values is from 4.0 for fluo­
rine to 0. 7 for ce,ium. 

The relationship between electronegativity and bond type is shown in Table 3.1. 
For identical atoms (an electronegativity difference of 7ero), the electrons in the bond 
are shared equally, and no polarity develops. When two atoms with very different 
clectronegativities inleract. e lectron trnn,fer can occur to form 1he ions that make up 
an ionic substance. Intermediate cases give polar covalent bonds with unequal elec­
tron sharing . 

. ,'!;_ Increasing electronegativity • 

Be 
1.5 

Mg 
1.2 

Ca 
I 0 

Sr 
I 0 

Ba 
09 

Ra 
0.9 

Sc 
I } 

y 
1.2 

La- Lu 
10 1.2 

Ac 
I.I 

Ti 
l.S 

Zr 
1.4 

Hf 
I.J 

Th 
1.3 

H 

V 
1.6 

Nb 
1.6 

Ta 
1.5 

Pa 
1.4 

Cr Mn 
1.6 I 5 

Mo Tc 
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W Re 
1.7 1.9 

U Np- No 
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Fe 
1.8 

Ru 
2.2 

Os 
2.2 

Co 
1.9 

Rh 
2.2 

Ir 
2.2 

Ni 
1.9 

Pd 
2.2 

Pt 
2.2 

Cu 
1.9 

Ag 
1.9 

Au 
2.4 

Zn 
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Cd 
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Hg 
1.9 

B 
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A l 
1.5 

Ga 
I.~ 

In 
I 1 

C 
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Ge 
I~ 

Sn 
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Pb 
19 

p 
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Sb 
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s 
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Te 
2.1 

Po 
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0 
1 5 

F 
,l./J 

Cl 
JU 
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.'!.S 
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FIGURE 3 . 4 The Pauling electronegativity values. Electronegativity generally increases across a period 
and decreases down a group. 
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SOLUTION 

Notice that the general trends are 
consistent with those of atomic radii. In 
general, smaller atoms across a row tend 
to have larger electronegativity values. This 
makes sense because the greater nuclear 

charge that causes the atom to be smaller 
will also have more attraction for a shared 
electron. As we move down a column, 
the atoms are larger and the shared 
electrons are further from the nucleus, thus 
they are not "held" as tightly Note that 
electronegativity values generally decrease 

down a column. 

Atoms in stable compounds usually have a 
noble gas elect ron configuration. 

TABLE 3.1 I The Relationship Between Electronegativity and Bond Type 

Electronegativity Difference 8 d T 
in the Bonding Atoms on ype 

Zero Covalent 

j l 
Intermediate Polar covalent 

j l 
Large Ion ic 

Relative Bond Polarities 

Covalent 
cha meter 

I 
I onic 

character 

Order the following bonds according to polarity: H-H, 0 - H, CI- H, S- H, 
and F- H. 

The polarity of the bond increases as the difference in electronegativity increases. 
From the electronegativity values in Fig. 3.4, the following variation in bond polarity 
is expected (the electronegativity value appears in parentheses below each element): 

Electronegativity 
difference 

H- H < S- H < Cl- H < 0-H 
(2.1)( 2.1) (2.5)(2.1) (3.0)(2.1) f.15 )(2.1) 

0 0.4 0.9 1.4 

< F- H 
c-l.0)(2.I l 

1.9 

Covalent bond . . Polar covalent bond 
Polant) 111<.:rcasc, 

.. ~ . 

See E; ercises 3 .35 and 3.36 
tr"', 

·--~" 

Ions: Electron Configurations 
and Sizes 
The description of the electron arrangements in atoms that emerged from the quantum 
mechanical model has helped a great deal in our understanding of what constitutes a 
stable compound. In almost every case it has been observed that the atoms in a stable 
compound have a noble gas arrangement of electrons. Nonmetallic elements achieve a 
noble gas electron configuration either by sharing electrons with other nonmetals to 
form covalent bonds or by taking electrons from metals to form ions. In the second 
case, the nonmetals form anions, and the metals form cations. The generalizations that 
apply to electron configurations in stable compounds are as follows: 

Electron Configuration of Compounds 

» When two nonmetals react to form a covalent bond, they share electrons in a way that 
completes the valence electron configurations of both atoms. That is, both nonmetals 
attain noble gas electron configurations. 

(Box continues on following page) 
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» When a nonmetal and a representative-group metal react to form a binary ionic 
compound, the ions form so that the valence electron configuration of the nonmetal 
achieves the electron configuration of the next noble gas atom and the valence orbitals of 
the metal are emptied. In this way both ions achieve noble gas electron configurations. 

These generalizations apply to the ,-ast majority of compounds and are i111purwnt to 
remembe r. \Ve will deal ,\ilh covalent hnnd, more thnroughly later. but now we \viii 
cnn,icler what irnrlication, the,e rule, hold f()r ionic compound,. 

Predicting Formulas of Ionic Compounds 
At the beginning of this discussion it should be emphasized that when chemists use the 
term ionic co111po1111d, they arc u~ual ly referring to the solid state of that compound . In 
the solid state the ions are close together. That is, solid ionic compounds contain a 
large collection of positive and negative ions packed together in a way that minimize~ 
the 8--8 and @--0 repulsions and maximizes the 0--8 attractions. This situation 
stands in contrast to the gas phase of an ionic substance, where the ions are quite for 
apart on average. In the gas phase, a pair of ions may get close enough to interact, but 
large collections of ions do not exist. Thus, when we speak in this text of the stability 
of an ionic compound , we are referring to the solid state, where the large attractive 
forces present among oppositely charged ions tend to stabil ize (favor the formation of) 
the ions. For example, as we mentioned in the preceding chapter, the 0 2 - ion is not 
stable as an isolated, gas-phase species but, of course, is very stable in many solid ionic 
compounds. That is, MgO(.1), which contains Mg" • and 0 2 • ions, is very stable, but 
the isolated. gas-phase ion pair Mg2 • • • 0 2- is not energetically favnrnhlc in compari­
son with the separate neutral gaseous atoms. Thus you should keep in mind that in this 
section, and in most other cases where we are describing the nature of ionic com­
pounds, the discussion usually refers to the solid state, where many ions arc simullanc­
ously interacting. 

To illustrate the principles of electron conrigurations in stable, solid ionic com­
pounds, we will consider the formation of an ionic compound from calcium and oxy­
gen. We can predict what compound will form by considering the valence electron 
configurations of the two atoms: 

Ca [Ar]4s" 

0 [He ]2s12p4 

From Fig. 3.4 we see that the e!ectronegativity of oxygen (3.5) is much greater than 
that of calcium ( l .0). Because of this large difference, electrons will be transferred 
from calcium to oxygen to form oxygen anions and calcium cations in the compound. 
How many electrons are transferred? We can base our prediction on the observation 
that noble gas configurations are general ly the most stable. Note that oxygen needs 
two electrons to fill its 2s and 2p valence orbitals and to achieve the configuration of 
neon ( I s22s22p6

). And by losing two electrons, calcium can achieve the configuration 
of argon. Two electrons therefore transferred: 

Ca + 0 --> Ca2+ + 0 2-

To predict the formula of the ionic compound, we simply recognize that chemical 
compounds are always electrically neutral-they have the same quantities of positive 
and negative charges. In this case we have equal numbers of Ca2+ and 0 2- ions, and 
the empirical formula of the compound is CaO. 

The same principles can be applied to many other cases. For example, consider the 
compound formed between aluminum and oxygen. Because aluminum has the con­
figuration [Ne]3s23p 1

, it loses three electrons to form the Al3+ ion and thus achieves 
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TABLE 3.2 I Common Ions with Noble Gas Configurations in Ionic Compounds 

Electron 
Group 1 A Group 2A Group 3A~e"'.'.•,,·.:.:: Group 6A Group 7 A Configuration 

H-, u + Beh 

Na+ Mgl-

K" Cai, 

Rb - Sr2 

Cs Ba2 • 

• A bauxite mine. Bauxite contains 
A/103, the main source of aluminum. 

[He) 

Alh 02 - F- [Ne] 

5 2- c1- [Ar] 

sei- Br [Kr) 

Te2- 1- [Xe) 

the neon configuration. Therefore, the AJh and 0 2- ions form in this case. Since the 
compound must be electrically neutral, there must be three 0 2- ions for every two Al3

+ 

ions, and the compound has the empirical formula Ali03. 

Table 3.2 shows common elements that form ions with noble gas electron configu­
rations in ionic compounds. In losing elec trons to form cations, metals in Group I A 
lose one electron, those in Group 2A lose two electrons, and those in Group 3A lose 
three electrons. In gaining electrons to form anions, nonmetals in Group 7 A (the halo­
gens) gain one electron, and those in Group 6A gain two electrons. Hydrogen typically 
behaves as a nonmetal when it forms ionic compounds and can gain one electron to 

[ form the hydride ion (H- ), which has the electron configuration of helium. 
U
!l There are some important exceptions to the rules discussed here. For example, tin 
~ forms both Sn2 - and Sn.i+ ions, and lead forms both Pb2+ and Pb4+ ions. Also, bismuth 
~ 
< forms Bi3 '· and Bi5+ ions, and thallium forms Tl ' and Tl3+ ions. There are no simple 

explanations for the behavior of these elements when they form ions. For now, just note 
them as exceptions to the very useful rule that ions generally adopt noble gas electron 
configurations in ionic compounds. Our discussion here refers to representative metals. 
The transition metals exhibit more complicated behavior, forming a variety of ions. 

Sizes of Ions 
Ion size plays an important role in determining the structure and stability of ionic sol­
ids, the properties of ions in aqueous solution, and the biologic effects of ions. As wi th 
atoms, it is impossible to define precisely the sizes of ions. Most often, ionic radii are 
determined from the measured distances between ion centers in ionic compounds. 
This method, of course, involves an assumption about how the distance should be di­
vided up between the two ions. Thus you will note considerable disagreement among 
ionic sizes given in various sources. Here we are mainly interested in trends and will 
be less concerned with absolute ion sizes. 

Various factors influence ionic size. We will first consider the relative sizes of an 
ion and its parent atom. Since a positive ion is formed by removing one or more elec­
trons from a neutral atom, the resulting cation is smaller than its parent atom. The 
opposite is true for negative ions; the addition of electrons to a neutral atom produces 
an anion significantly larger than its parent atom. 

It is also important to know how the sizes of ions vary, depending on the positions 
of the parent elements in the periodic table. Fig. 3.5 shows the sizes of the most impor­
tant ions (each with a noble gas configuration) and their positions in the periodic table. 
Note that ion size increases down a group. This is because the parent atoms increase in 
size going down a group. The changes that occur horizontally are complicated because 
of the change from predominantly metals on the left side of the periodic table to non­
metals on the right side. A given period thus contains both elements that give up elec­
trons to form cations and ones that accept electrons to form anions. 

One trend worth noting involves the relative sizes of a set of isoelectronic ions­
ions containing the same number of electrons. Consider the ions 0 2- , F- , Na+ , Mg2+, 

and AJH. Each of these ions has the neon electron configuration. How do the sizes of 
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to positions of the elements on the 

periodic table. Note that size generally 
increases down a group. Also note that 

in a series of isoelectron1c ions, size 

decreases with increasing atomic 
number. The ionic radii a,e given in units 

of picometers. 
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the,e ion, vary? In general, !here are two import<1nt foct<. ln consider in predicting the 
relative size, of ion~: the number of electrons and the number of proton'i. Since the-;e 
ions are isoelectronic, the number or electrons is l O in each case. Electron repulsions 
therefore , hould he about the ,ame in all cases. Howcycr, the number o1 protons in­
creases from 8 to U as we go from the 0 2- ion to the A p- ion. Thus, in going from 
0 2- to Al0-, the IO electrons experience a greater mtraction .is the positive charge on 
the nucleu, increa<,cs. This causes the ions to become smaller. You can confirm thi, by 
looking at Fig. 3.5. l"n general. for a series of isoelectronic ions. the size decreases as 
the nuclear charge Z increases. 

Ions have different radii than their parent 
atoms. What if ions stayed the same size as their parent atoms? How would this 
affect ionic bonding in compounds? 

Relative Ion Size I 

A1rnnge the ions Se"-, Br -, Rb~, and Sr"+ in order of decreasing size. 

This is an isoelectronic series o f ions with the krypton electron configuration. Since 
these ions all have the same number of electrons, their sizes will depend on the nuclear 
charge. The Z values are 34 for Se2- , 35 for Br - , 37 for Rb ', and 38 for Sr1 +. Since the 
nuclear charge is greatest for Sr2 ", it is the smallest of these ions. The Se"- ion is 
largest: 
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SOLUTION 

.A. Molten NaCl conducts an electric 
current, indicating the presence of 
mobile Na+ and o- ions. 

FIGURE 3.6 The three possible 
types of bonds: (a) a covalent bond 
formed between identical F atoms; 
(b) the polar covalent bond of HF, with 
both ionic and covalent components; 
and (c) an ionic bond with no electron 
sharing. 

Relative Ion Size II 

Choose the largest ion in each of the following groups. 

a. Li+.Na 1.K+.Rb+.o,~ 

b. Ba2+. cs+, 1- . Te2-

a. The ions are all from Group I A elements. Since si1.e increases down a group (the 
ion with the greatest number of electron::. is largest), cs+ is the largest ion. 

b. This is an isoelectronic series of ions. all of which have the xenon electron con­
figuration. The ion with the smallest nuclear charge is largest: 

Te1- > r- > cs+ > Ba2+ 
Z = 52 Z = 53 Z = 55 Z = 56 

Partial Ionic Character 
of Covalent Bonds 
Recall that when atoms with different electronegativities react to form molecules, the 
electrons are not shnred egmilly. The possible result is a polar covalent bond or, in the 
case of a large electronegativity difference, a complete transfer of one or more elec­
trons to form ion~. The cnses nre summari7.ed in Fig. 3.6. 

How well can we tell the difference between an ionic bond and a polar covalent 
bond? The only honest answer to this question is that there are probably no totally 
ionic bonds between discrete pairs of atoms. The evidence for this statement comes 
from calculations of the percent ionic character for the bonds of various binary com­
pounds in the gas phase. These calculations are based on comparisons of the measured 
dipole moments for molecules of the type X-Y with the calculated dipole moments 
for the completely ionic case, x +y - _ The percent ionic character of a bond can be 
defined as 

( 
measured dipole moment of X-Y ) 

Percent ionic character of a bond = + X I 00% 
calculated dipole moment of X y -

Application of this definition to various compounds (in the gas phase) gives the results 
shown in Fig. 3.7, where percent ionic character is plotted versus the difference in the 

~ electronegativity values of X and Y. Note from this plot that ionic character increases f with electronegativity difference, as expected. However, none of the bonds reaches 
b 100% ionic character, even though compounds with the maximum possible electro­
,2 negativity differences are considered. Thus, according to this definition, no individual 

bonds are completely ionic. This conclusion is in contrast to the usual classification of 
many of these compounds (as ionic solids). All the compounds shown in Fig. 3.7 with 
more than 50% ionic character are normally considered to be ionic solids. Recall, 
however, the results in Fig. 3.7 are for the gas phase, where individual XY molecules 

- l!lf------ -m----- - D e------
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FIGL 3 . 7 The relationship 

between the ionic character of a 
covalent bond and the electronegativity 

difference of the bonded atoms. Note 
that the compounds in red with ionic 

character greater than 50% are normally 
considered to be ionic compounds. 
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exi~t. These result, cannot .nece,.,arily be a,,urned to apply lo the solid state, where the 
existence of ions is favored by the multiple ion interactions. 

Another complication i11 ident.ify ing ionic cvmpoun<ls is that many sub~tances con­
tain polyatomic ions. For example, NH4Cl contains N H4 - and Cl - ions, and Na2SO-i 
contains Na+ and So}- ions. The bonds wi thin the ammonium (NH.1' ) and sulfate 
(SO.?·) ions are cov:ilcnt bonds. 

We will avoid these problems by adopting an operat ional definition of ionic com­
pounds: Any compound thal conducts w1 electric current when melted will be c/ossi­
fied as i011ic. 

The Covalent Chemical Bond: 
A Model 
13dore we develop specific models for covalent chemical bonding, it will be helpful to 
summarize some of the concepts introduced in this chaplel.'. Also recall from your pre­
vious studies of chemistry tha1 when we deal with atoms and molecules, the numbers 
involved are so large that we use the mole (6.022 x 10]3 unit~) to describe quantities of 
atoms, molecules, or bonds. This concept was reviewed in Section R. I 0. 

Whal is a chemirnl bond? Chemical bonds can be viewed as forces that cause a 
group of atoms to behave as a unit. 

Why du chemical honds ucrnr? There is no principle of nature that states that bonds 
are favored or disfavored. Bonds are neither inherently "good" nor inherently "bad" as 
far as nature is concerned; bunds result fi'om the tendency of a system to seek its lowest 
possible e11ergy. From a simplistic point of view, bonds occur when collections of 
atoms are more stable (lower in energy) than the separate atoms. For example, ap­
proximately l 652 kJ of energy is required to break a mole of methane (CH4) molecules 
into separate C and H atoms. Or, from the opposite view, 1652 kJ of energy is released 
when l mole of methane is formed from I mole of gaseous C atoms and 4 moles of 
gaseous H atoms. Thus we can say that I mole of CH4 molecules in the gas phase is 
1652 kJ lower in energy than l mole of carbon atoms plus 4 moles of hydrogen atoms. 
Methane is therefore a stable molecule relative to its separated atoms. 

We find it useful to interpret molecular stability in terms of a model called a chemi­
cal bond. To understand why this model was invented, let 's continue with methane, 
which consists of four hydrogen atoms arranged at the corners of a tetrahedron around 
a carbon atom. 

H 

H. H 
i-r-· 
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Given this structure, it is natural to envision four individual C-H interactions (we cal l 
them bonds). The energy of stabilizat"ion of CH4 is divided equally among the four 
bonds to give an average C-H bond energy per mole of C-H bomb: 

1652 k.J/mol / 

4 
= 413 k.J m0l 

Next. consider methyl chloride, which consists of CH3CI molecules having the 
structure 

Experiments have shown that approximately 1578 kJ of energy is required to break 
down I mole of gaseous CH3Cl molecules into gaseous carbon, chlorine, and hydro­
gen atoms. The reverse process can be represented as 

C(g) + Cl(g) + 3H(g) - CH3Cl(g) + 1578 kJ/mol 

A mole of gaseous methyl chloride is lower in energy by I 578 kJ than its separate 
gaseous atoms. Thus a mole of methyl chloride is held together by 1578 kJ of energy. 
Again, it is very useful to divide this energy into individual bonds. Methyl chloride can 
be visualized as containing one C-CI bond and three C-H bonds. If we assume ar­
bitrarily that a C- H interaction represents the same quantity of energy in any situa­
tion (that is, that the strength of a C-H bond is independent of its molecular environ­
ment), we can do the following bookkeeping: 

1 mo! C-·CI bonds plus 3 mol C-H bonds = 1578 kJ 

C-CI bond energy+ 3(average C-H bond energy)= 1578 kJ 

C-C[ bond energy + 3(413 kJ / mo!) = 1578 kJ 

C-Cl bond energy= 1578 - 1239 = 339 kJ/mol 

These assumptions allow us to associate given quantities of energy with C- H and 
C- Cl bonds. So far we have considered bonds in which one pair of electrons is shared. 
This type of bond is called a single bond. As we will see in more detail later, atoms 
sometimes share two pairs of electrons, forming a double bond, or share three pairs of 
electrons, forming a triple bond. 

It is important to note that the bond concept is a human invention. Bonds provide a 
method for dividing up the energy evolved when a stable molecule is formed from its 
component atoms. Thus in this context a bond represents a quantity of energy obtained 
from the overall molecular energy of stabilization in a rather arbitrary way. This is not 
to say that the concept of individual bonds is a bad idea. In fact, the modern concept of 
the chemical bond, conceived by the American chemists G. N. Lewis and Linus 
Pauling, is one of the most useful ideas chemists have ever developed. 

Models: An Overview 
The framework of chemistry, like that of any science, consists of models-attem pts to 
explain how nature operates on the microscopic level, based on experiences in the 
macroscopic world. To understand chemistry, one must understand its models and how 
they are used. We will use the concept of bonding to reemphasize the important char­
acteristics of models, including their origin, structure, and uses. 
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The concept of individual bonds 
makes it much easier to deal with 
complex molecules such as DNA. A 
smo/1 segment of a DNA molecule is 
shown here. 
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Models originak~ from our observations of the propt::rt ic~ ol' nature. For example, 
the l'Oncept of bonds :irose from the oh,crv.itinns; that most chemical proccs~cs im·oh·e 
collect1~:ns of atoms and that chemical reaction!> involve rearrangements of the ways 
the atoms ~tre grouped. Tl1ereforc, to under~tand re<1ct11ms. 1,ve mu~t understand the 
furccs thar hind at1_,ms together, 

In natural processes there is a tendency tow,mJ lO\Yer energ). Collt!<..titlll' uf alum, 
therefore occur because the aggregated state ha~ lower energy than the ,cparaled 
atoms. Why'' As we ,aw earlier in this charter. tht: be'-1 e\planat1nns for the encrg-, 
change invol ve :.itom, ~haring clcc1ro11, nr att>l11' tnui-ferring electron, tu become 
ion:-.. In the case of electron ~h:.iring, ,,e find it comcnient to as\L1me that inJiv1dual 
bomb occur bc::twe?n pair~ uf atum,. Let·, explore the validity of thi, a,,umpti0n and 
see ho\\' it i, u,eful. 

In a d iatomic molecule :,uch as H2, it is natural to as,ume that a bond ex ists hetween 
the atoms, holding them together. It is also useful to assume th.:11 individual bonds are 
pre,ent in pqJyatomic molecules such as CH;. Thercl ore. in~tcad of thin"-ing o[ CH, a, 
a unit with a stabiliLation energy of 1652 kJ per mole, we choose to think of CH I a, 
containing four c-r-r bonds, each worth 413 kJ or energy per mole of bond,. Without 
this concept of individual bonds in molecule,. cherni,try wuuh.l be hopelessly compli­
cated. There are millions of different chemical compounds, and if each of these com­
pounds had to be considered as an entirely new entity, the t.:1,k of understandinl,! chem­
ical behavior would be overwhe lming. 

The bonding model provides a framework to systematite chemical behavior by 
e n:.ibling us to think of molecules as collections or common fundamental components. 
For example, a typical biomolecule. such as a protein, contains hundreds of atoms and 
might seem discouragingly complex. However. if we think of a protein as constructed 
of individual bonds. C-C. C-H. C-N, C-0, N-·H, and so on. it helps trernen­
dou•;ly in predicting and under,tancling the protein\ behavior. The essential ick<1 i, 
that we expect a given bond to behave abou t the sarne in any molecular environrnent. 
Used in this way, the model of the chemical bond has helped chemists to systematize 
the reactions of' the millions of ex.i~ting compounds. 

In addition to heing useful, the bonding model is physically sensible. It makes sense 
that atoms can form stable groups by sharing dectrnn.,; ~hared electron~ give a lower 
energy state because they are simultaneously attracted by two nuclei. 

Also, as we will see in Chapter 7, bond energy data support the existence of discrete 
bonds that are relatively independent of the molecular environment. It is very impor­
tant to remember, however, that the chemical bond is only a model. Although our 
concept of discrete bonds in molecules agrees with many of our observations, some 
molecular properties require that we think of a molecule as a whole, with the electron~ 
free to move through the entire molecule. This is called delocali::,ation of the electrons, 
a concept that will be discussed more completely in the next chapter. 
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As we discussed earlier, we use models that 
are as simple as possible. The quantum 
mechanical model discussed in Chapter 2 
views electron distribution in terms 

of probability. We now will consider a 
simpler model in which the electrons exist 

between the atoms in a molecule. 

LET'S REVIEW Fundamental Properties of Models 

» Models are human inventions, always based on an incomplete understanding of how 
nature works. A model does not equal reality. 

» Models are often wrong. This property derives from the previous property. Models are 
based on speculation and are always oversimplifications. 

» Models tend to become more complicated as they age. As flaws are discovered in our 
models, we "patch"them and thus add more detail. 

, It is very important to understand the assumptions inherent in a particular model before 
you use it to interpret observations orto make predictions. Simple models usually involve 
very restrictive assumptions and can be expected to yield only qualitative information. 
Asking for a sophisticated explanation from a simple model is like expecting to get an 
accurate mass for a diamond using a bathroom scale. 

For a model to be used effectively, we must understand its strengths and 
weaknesses and ask only appropriate questions. An illustration of this point is the 
simple aufbau principle used to account for the electron configurations of the 
elements. Although this model correctly predicts the configuration for most atoms, 
chromium and copper, for example, do not agree with the predictions. Detailed 
studies show that the configurations of chromium and copper result from complex 
electron interactions that are not taken into account in the simple model. However, 
this does not mean that we should discard the simple model that is so useful for 
most atoms. Instead, we must apply it with caution and not expect it to be correct in 
every case. 

» When a model is wrong, we often learn much more than when it is right. If a model 
makes a wrong prediction, it usually means we do not understand some fundamental 
characteristics of nature. We often learn by making mistakes. (Try to remember this when 
you get back your next chemistry test.) 

The Localized Electron 
Bonding Model 
So far we have discussed the general characteristics of the chemical bonding model 
and have seen that properties such as bond strength and polarity can be assigned to 
individual bonds. In this section we introduce a specific model used to describe cova­
lent bonds. We need a simple model that can be applied easily even to very compli­
cated molecules and that can be used routinely by chemists to interpret and organize 
the wide variety of chemical phenomena. The model that serves this purpose is the 
localized electron (LE) model, which assumes that a molecule is composed of atoms 
that are bound together by sharing pairs of electrons using the orbitals of the bound 
atoms. Electron pairs in the molecule are assumed to be localized on a particular atom 
or in the space between two atoms. Those pairs of electrons localized on an individual 
atom are called lone pairs, and those found in the space between the atoms are called 
bonding pairs. 

As we wi ll apply it, the LE model has three parts: 

1. Description of the valence electron an-angement in the molecule using Lewis 
structures (will be discussed in the next section). 

2. Prediction of the geometry of the molecule using the valence shell electron-pair 
repulsion (VSEPR) model (will be discussed in Chapter 4). 

3. Description of the type of orbitals used by the atoms to share electrons or hold 
lone pairs (will be discussed in Chapter 4). 
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Lewis Structures 
The Lewis structure of a molecule shows how the valence electrons are ,nanged 
among the atoms in the molecule. These representutions are named after G. N. Lewis 
(Fig. 3.8). The rules for writing Lewis structures are based on observations of 
thou,anc.Js of molecule,. From experiments. chemists have learned that the 11w1·1 im­
/>orrwu guidelines Jr!r rlze .formation of a stable 1·11mtH>u11cl is 1/i(I/ !ht a10111s ochievc 
noble gas c:lecrron c:011figurntions. 

We have nlready seen thal when metals and nonmetals react to form binary ionic 
compounds, electron, arc transl'crrcd and the resulting ions typically have noble gas 
electron configurations. An example is the formation or K13r. where the K ·• ion has the 
IArl electron conliguration and the Br ion has the IKr] electron configurntion. In 
writing Lewis qruc(ure,, the rule i, I hat only the 1·alu1cc elec1rom 11n· included. Using 
clots to represent electrons, the Lewis structure for KBr is 

_,.,,K 
I+ 

charge 

: B_r : "-... 
]­

charge 

No dots are shown on the K ' ion because it has no valence electrons. The Br ion is 
shown with eight electrons because it has a filled valence shell. 

Next we will consider Lewis structures for molecules wi1h covalent bonds, involv­
ing elements in the first and second periods. The principle of achieving a noble gas 
electron configuration applies to these elements as follows: 

• Hydrogen forms stable molecules where it shares two electrons. That is , it follows 
a duet rule. For example, when two hydrogen atoms, each with one electron, 
combine to form the H2 molecule, we have 

H· ·H 

By sharing electrons, each hydrogen in I-12, in effect, has two electrons; that is, each 
hydrogen has a filled valence shell. 
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Carbon, nitrogen, oxygen, and fluorine 

always obey the octet rule in stable 
molecules. 

• Helium does not form bonds because it~ valence orbital is already tilled; 11 is a 
noble gas. Helium has the electron configuration I s2 and can be represented by the 
Lewis structure 

He : 

• The second-row nonmetals carbon through fluorine form !>Lable molecules when 
they are surrounded by enough elecLrons to fill the vc1lence orbitals, that is, the 2s 
and the three 2p orbitals. Since eighl electron~ are required In fill the!,e orbilals, 
these elements typically obey the octet rule; they are ~urroundeu by eight electrons. 
An example is the F2 molecule, which ha$ the following Lewis structure: 

F atom with seven 
,alence electron, 

---► :F:F:-

F2 

molecule 

• F: 

F atom "'ith seven 
valenle cledron, 

Note thal each fluorine atom in F2 is. in effect, surrounded by eight eleclrons, two of 
which are shared with lhe other atom. This is a bonding pair of electron~. as dis­
cussed earlier. Each fluorine atom also has three pairs of electrons nol involved in 
bonding. These are the lone pairs. 

• Neon does not form bonds because it already has an octet of valence electron~ (it 
is a noble gas). The Lewis structure is 

:Ne: 

Note that only the valence electron~ of the neon atom (2s22p6) are represented by the 
Lewi~ structure. The I s2 electrons are core electrons and are not shown. 

We can formulate the following rules for writing the Lewis structures of molecules 
containing atoms from the first two periods. 

PROBLEM-SOLVING STRATEGY 
Steps for Writing Lewis Structures 

1 . Sum lhe valence electrons from all the atoms. Do not worry about keeping track of 
which electrons come from which atoms. It is the total number of electrons that is 
important. 

2. Use a pair of electrons to form a bond between each pair of bound atoms. 

3. Arrange the remaining electrons to satisfy the duct rule for hydrogen and the octet 
rule for the second-row elemems. 

To see how these steps are applied, we will draw the Lewis structures of a few mol­
ecules. We will first consider the water molecule and follow the previous steps. 

1. We sum the valence electrons for H2O as shown: 

I + l + 6 = 8 valence electrons 
/ l' l' 

II H 0 

2. Using a pair of electrons per bond, we draw in the two O-H single bonds: 

H--0--tl 

Note that a line instead of a pair of dots is used to indicate each pair of bonding 
electrons. This is the standard notation. 

3. We distribute the remaining electrons to achieve a noble gas electron configura­
tion for each atom. Since four electrons have been used in forming the two bonds, 
four e lectrons (8 - 4) remain to be distributed. Hydrogen is satisfied with two 
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electrons (duct rnle). hut oxygen needs eight eleclruns LU have a noble gas con­
figurnti0T1 Thu~ the remaining four electrons are added to oxygen as two lone 
pairs. Dots are u~ed to represent the lone pairs: 

__ .,------...... 
H-0-H i.011e p,01,,·, 

, • 

"'--.-./ 

This ic; the correct Lewi, ~truclllre for the water molecule. Each hydrogen has twn 
electrnns and the r,,ygen ha, eight. as shm1 n helu,1·: 

As a second example. let's write the Lewis structure for carbon dioxide ( COz) 

1. Summing the valence electrons gives 

4 + 6 + 6 = [6 

I I (I 

2. Pairs of electrons are used to form a bond between the carbon and each oxygen, 

O---C--O 

and the remaining electrons are distributed to achieve noble gas configurations on each 
atom. In this case we have 12 electrons (16 -- 4) rem;iiniflg ;ifter the bonds are drawn. 
The distribution of these electrons is determined by a trial-and-en-or process . We have 
6 pairs of electrons to distribute. Suppose we try 3 pairs on each oxygen to give 

:O-C-0: 

3. Is this correct? To answer this question, we need to check two things: 

1. The total number of electrons. There are l6 valence electrons in this struc­
ture, which is the correct number. 

2. The octet rule for each atom. Each oxygen has 8 electrons, but the carbon 
has only 4. This cannot be the correct Lewis structure. 

How can we arrange the I 6 available electrons to achieve an octet for each atom? 
Suppose there are 2 shared pairs between the carbon and each oxygen: 

~ 
I t \ 

8 electrons 8 elec1rons 8 electrons 

Now each atom is surrounded by 8 electrons, and the total number of electrons is 16, 
as required. This is the correct Lewis structure for carbon dioxide, which has two 
double bonds and four lone pairs. 

Finally, let's consider the Lewis structure of the cN- (cyanide) ion. Summing the 
valence electrons, we have 

cw 

-I - , I I I 
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Note that the negative charge means an extra electron is present. After drawing a single 
bond (C-N). we distribute the remaining electrons to achieve a noble gas configurn­
tion for each atom. Eight electrons remain to be distributed. We can try various possi­
bilities, for example: 

C-N 

This structure is incorrect because C and N have only six e lectrons each instead of 
eight. The correct arrangement is 

(Satisfy yourself that both carbon and nitrogen have eight electrons.) 

•iH,i;Miihiiiiii•i&i Writing Lewis Structures 

a. HF 

d. CH4 

SOLUTION 

Give the Lewis structure for each of the following. 

d . CH-1 

e. CF4 

f. NO+ 

In each case we apply the three steps for writing Lewis structures. Recall that lines are 
used to indicate shared electron pairs and that dots are used to indicate nonbonding 
pairs (lone pairs). We have the following tabulated re~ults: 

Calculate Number Use Remaining Electrons Check 
Total Valence Draw Single of Electrons to Achieve Noble Number 

Electrons Bonds Remaining Gas Configurations of Electrons 

1+7=8 

5+5=10 

5 + 3(1) = 8 

4 + 4(1) = 8 

4 + 4(7) = 32 

5 + 6 - 1 = 10 

H- F 

N-N 

H- N-H 
I 
H 

H 
I 

H-C-H 
I 

H 

F 
I 

F- C-F 
I 

F 

N-0 

6 

8 

2 

0 

24 

8 

H-F: 

H-N- H 
! 
H 

H 
I 

H-C-H 
I 

H 

: F: 
. . I . . 

:F---C-F: . . I . . 
:F: 

[:N= O:t 

.-l, 

H,2 
F, 8 

N,8 

H,2 
N,8 

H, 2 
C,8 

F, 8 
C,8 

N,8 
0, 8 

See Exercises 3.53 through 3.56 
~ ~-· 

When writing Lewis structures, do not worry about which electrons come from 
which atoms in a molecule. The best way to look at a molecule is to regard it as a new 
entity that uses all the available valence electrons of the atoms to achieve the lowest 

Ex. 2022-029



3. 8 Exceptions to the Octet Rule 119 

CONNECTING TD ATOMS 3 . 1 
Lewis Structures and the Periodic Table 

The periodic table was originally organized to represent 

patterns in chemical properties of the elements. We now 

see that there are patterns of valence electron arrangements 

in the table, which makes sense since the electrons are 

responsible for how elements react. We have already 

discussed trends of atomic radius, ionization energy, electron 

affinity, and electronegativity across rows and down columns 

of the periodic table. 

We can also see periodic trends with respect to Lewis 

structures. For example, consider the diatomic molecules N2, 

Oi, and F2 as seen below: 

b=b :f- F: 

Note that the nitrogen atoms (Group SA) each have three 

bonds and one lone pair, the oxygen atoms (Group 6A) have 

two bonds and two lone pairs, and the fluorine atoms (Group 

7A) have one bond and three lone pairs. We can also see a 

pattern in the compounds formed with hydrogen by the 

elements in the second row: 

H 
I 

11 --C - H 
I 
H 

methane 

H-N - H 
I 

H 
ammonia 

H -Q-H H - f: 
water hydrogen 

tluoricle 

Note the pattern across the row in terms of number of bonds 

and number of lone pairs, including Group 4A (four bonds 

and no lone pairs). Of course, neon (Group SA) does not form 

a compound with hydrogen, meaning there are O bonds. 

C N 0 F 
4 bonds 3 bonds 2 bonds 1 bond 
Olone 
pairs 

! lone 
pair 

2lone 
pairs 

3 lone 
pairs 

It is not the case that all Lewis structures with these elements 

will follow these patterns exactly, but these patterns give us a 
good starting point. 

possible energy.'' The valence electron~ belong to the molecule, rather than to the in­
dividual atoms. Simply distribute all valence electrons so that the various rules me 
satisfied, wi thout regard for the origin of each parlicular electron. 

Exceptions to the Octet Rule 
The localized elecmm model is a simple but very successful model, and the rules we 
have used for Lewis structures apply to most molecules. However, with such a simple 
model. some exceptions are inevitable. Boron, for example, tends to form compounds 
in which the boron atom has fewer than eight electrons around it-it does not hnve a 
complete octet. Boron trifluoride (BF3), a gas at normal temperatures and pressures, 
reacts very energetically with molecules such as water and ammonia that have avail­
able electron pairs (lone pairs). The violent reactivity of BF3 with electron-rich mole­
cules arises because the boron atom is electron-deficient. Boron trifluoride has 
24 valence electrons. The Lewi;, structure often drawn for BF.1 is 

Note that in this structure boron has only 6 electrons around it. The octet rule for boron 
can be satisfied by drawing a structure with a double bond, such as 

: F: 
II 

/8" 
: F : : F: 

'' In a sense this approach corrects for the fact that the localized electron model overemphasizes that 
a molecule is simply a sum of its parts-that is. that the atoms retain their individual identities in 
the molecule. 
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Whether the atoms that exceed the octet 

rule actually place the extra electrons in 
their d orbitals is a matter of controversy 

among theoretical chemists. We will not 
consider this issue in this text. 

INTERACTIVE EXAMPLE 3.5 

SOLUTION 

Recent studies indicate that double bonding may be important in BF1. However, the 
boron atom in BF, certainly behaves as if it is electron-deficient, as indicated by the 
reactivity of BF, toward electron-rich molecules. for example, toward NH3 to fonn 
H3NBF3: 

+ 

In this stable compound, boron has an octet of electrons. 
It is characteristic of boron to form molecules in which the boron atom is electron­

deficient. On the other hand, carbon, nitrogen, oxygen, and fluorine can be counted on 
to obey the octet rule. 

Some atoms exceed the octet rule. This behavior is observed only for those ele­
ments in Period 3 of the periodic table and beyond. To see how this arises, we will 
consider the Lewis structure for sulfur hexafluoride (SF6), a well-known and very 
stable molecule. The sum of the valence electrons is 

6 + 6(7) = 48 electrons 

Indicating the single bonds gives the structure on the left below: 

We have used 12 electrons to form the S- F bonds, which leaves 36 electrons. Since 
fluorine always follows the octet rule, we complete the six fluorine octets to give the 
structure on the right above. This structure uses all 48 valence electrons for SF6, but 
sulfur has 12 electrons around it; that is, sulfur exceeds the octet mle. How can this 
happen? 

The answer to this question is very complicated. Originally, it was assumed that 
because the sulfur atom has empty d orbitals 

ill] IUI t It I 
3s 3p 3d 

that these orbitals would be used to hold the extra electrons. Recent evidence indicates 
that this reasoning is not correct. However, the new explanation is beyond the scope 
of this text. 

Lewis Structures for Molecules That Violate 
the Octet Rule I 

Write the Lewis structure for PC15. 

We can follow the same stepwise procedure we used previously for sulfur 
hexafluoride. 

1. Sum the valence electrons. 

5 + 5(7) = 40 electrons 
i i 
P Cl 
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2. lndiL·att ~ingle bond, betvvccn buund ,Ho1lh. 

Cl Cl 
I/ 

CI- P 
I ' Cl Cl 

.1. Distribute the remaining electron, . Jn this case. 10 electron, (-+0 - I ()) rc1 nai n. 
Thc,c are Lht'd to ,ati,1\ the l>L:tct rule fln each chlorint atom. The lin,il I .t11-i, 
,truct.urc i, 

Note that phosphorus. which is a third-ro1,,1,, de1ntc111. ha, nceeded the octet rule 
by two electrons. 

r1:_ ,,,,_ 

LET'S REVIEW Lewis Structures: Comments About the 
Octet Rule 

• The second-row elements C, N, 0, and F should always be assumed to obey the octet rule. 

The second-row elements Band Be often have fewer than eight electrons around them in 
their compounds. These electron-deficient compounds are very reactive. 

» The second-·row elements never exceed the octet rule, since their valence orbitals (2s and 
2p) can accommodate only eight electrons . 

.. Third-row and heavier elements often satisfy the octet rule but can exceed the octet rule. 

H When writing the Lewis structure for a molecule, satisfy the octet rule for the atoms first. 
If electrons remain after the octet rule has been satisfied, then place them on any element 
from Period 3 or beyond. 

ln the PCl5 and SF6 molecules, the central atoms (P and S, respectively) must have 
the extra electrons. However, in molecules havi ng more than one atom that can exceed 
the octet rule, it is not always clear which atom should have the extra electrons. Con­
sider the Lewis structure for the triiodide ion (I.1 • ), which has 

3(7) + I = 22 valence electrons 

[ndicating the single bonds gives 1-1-1. At this point, 18 electrons (22 - 4) 
remain. Trial and error will convince you that one of the iodine atoms must exceed the 
octet rule. but which one? 

The rule we will follow is that when it is necessory to exceed the octet rule for one 
of several third-row ( or higher) elements, assume the// the extra electrons should be 
placed mz the central atom. 

Thus for !3 - the Lewis structure is 

where the central iodine exceeds the octet rule. Thi s structure agrees with known prop­
erties of [3 ·- . 
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INTERACTIVE EXAMPLE 3.6 

SOLUTION 

Lewis Structures for Molecules That Violate 
the Octet Rule II 

Write the Lewis structure for each molecule or ion. 

b. Xe03 d. BeCI: 

a. The chlorine atom (third row) accepts the extra electron,. 

b. All atoms obey the octet rule. 

o: 
/ .. 

.. 
:Xe--0: " •• " •• o : 

c. Radon, a noble gas in Period 6. accepts the extra electrons. 

: Cl-· Rn ·-Cl : 

d. Beryllium is electron-deficient. 

:CJ-Be-Cl: 

e. fodine exceeds the octet rule. 

Odd-Electron Molecules 
Relatively few molecules formed from nonmetals contain odd numbers of electrons. 
One common example is nitric oxide (NO), which is formed when nitrogen and oxy­
gen gases react at high temperatures in automobi le engines. Nitric oxide is emitted into 
the air, where it immediately reacts with oxygen to form gaseous nitrogen d ioxide 
(N02), another odd-electron molecule. 

Since the localized electron model is based on pairs of electrons, it does not handle 
odd-electron cases in a natural way. To treat odd-electron molecules, a more sophisti­
cated model is needed. 
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as a reminder thdl ,1 ff mocf,,fs are 

simplif,c.,t o,,, El-'ctrom i'e not loc,1lized 

within a ok•c,,le ,ind .ve -111II discu,, 
more tomp l 0 -x models in Cl1c1pter 4 

3. 9 Resonance 12 3 

Resonance 
Sometimes more than one valid Lewis structure (one that obeys the rules we liavc 
ou1lined) i" ro,sible Cora given molecule. Consider the Le\\ 1, structure for the nitrate 
ion t NO, - ). which hu., 24 valc:nce eh:ctmn, Tn ac h,~·H' an net cl nf clcctn 111 , around 
each atom. a ,tructure li ke thi , is required: 

If thi , ,tructure nccurately r,:p,-..:,ent~ the honding 111 NO, . 1here ,hould be Lwo types 
of N- 0 bonds observed in the mokculc:: une shui ter bond tthe double bondJ and two 
identical longer one, (the two ,inglc bond\ ). f-lm1,e1,er. c\pcrimcnh de<1rl y ,ho\1• th,n 
NO, exhibits only one type of N- 0 boml with a length and strength bet11·ee11 those 
expected for a , ingle hond and a double hone! Thu,. although the structure we have 
,hown above is a valid Lewis structure. it does not correctly represent the bondin g in 
N01 . This is a serious problem. and it means that the model must be modified. 

Look again at the proposed Lewis Wucturc for N0.1 . There is no reason for choos­
ing a p:.irticular oxygen atom to have the double bond. There are really three ,alid 
Lewis structures: 

ls any of these structures a correct desc rip1ion of the bonding in NO, •1 No, because 
NO, does not have one douhle and two ~ingle bonds-it has three equivalent bonds. 
We can solve this problem by making the following ,1ssumption: The correct descrip­
tion of N0.1 i;.. 1101 g iven by c111_1· one of the three Lewis structures but i, given on ly by 
the .\uperpmitio11 ofa/1 three. 

The ni!rntc ion docs not exist as any of the three extreme structures but ex ists as an 
average of all three. Resonance is the condition in which more than one valid Lewis 
structure can be written for a particular molecule (in which the atoms are con­
nected in the same order). The resulting electron structure of the molecule is given 
by the average of these resonance structures. This situation is usually represented 
by double-headed arrows as follows: 

Note that in all these resonance structures the arrangement of the nuclei is the same. 
Only the placement of the electrons differs. The arrows do not mean that the molecule 
"flips'· from one resonance form to another. They simply show that the acwal struc/l/re 

is an average of rhe rhree reSOll(ll1Ce structures. 
The concept of resonance is necessary because the localized electron model postu­

lates that electrons are localized between a given pair of atoms. However, nature does 
not really operate this way. Electrons are really delocalized-they can move around 
the entire molecule. The valence electrons in the NOJ - ion distribute themselves to 
provide equivalent N-0 bonds. Resonance is necessary to compensate for the defec­
tive assumption of the localized electron model. However, this model is so useful that 
we retain the concept of localized electrons and add resonance to al low the model to 
treat species such as NO:i . 
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SOLUTION 

Equivalent Lewis structures contain the 
same numbers of single and multiple 
bonds. For example, the resonance 
structures for 0 1 

and 0 
// 

·o .q: 

are equivalent Lewis structures. These 
are equally important in describing the 
bonding in O;. Nonequivalent Lewis 
structures contain different numbers of 
single and multiple bonds. 

Resonance Structures 

Describe the electron arrangement in the nitrite anion (N02 - ), using the localized 
electron model. 

We will follow the u~ual procedure for obtaining the Lewi, ,tructure for the NO, - ion. 
In N02 - there are 5 + 2(6) + I = 18 valence e lectrons. Indicating the single bonds 
gives the structure 

0-N-0 

The remaining I-+ electron;, ( 18 - 4) can be distributed to produce these structure~: 

This is a resonance situation. Two equivalent Lewis structures can be drawn. The 
electronic structure of the molecule is correctlr represented 1101 hv either resononce 
srrucfllre but by the average of the two. There are two equivalent N-0 bonds, each 
one intermediate between a single and a double bond. 

.. t ~,,._' 
See ExercisJ s ·3.61 through 3.66 

Formal Charge 
Molecules or polyatomic ions containing atoms that can exceed the octet rule often 
have many nonequivalent Lewis structures, all of which obey the rules for writing 
Lewi s structures. For example, as we will see in detail below, the sulfate ion 
(SO/- ) has a Lewis structure with all , ingle bond<; and ,everal Lewis structures 
that contain double bonds. How do we decide which of the many possible Lewis 
structures best describes the actual bonding in sulfate'! One method is to estimate 
the charge on each atom in the various possible Lewis structures and use these 
charges to select the most appropriate structure(s). We will see below how this i~ 
done, but first we must decide on a method to assign charges on the atoms within 
molecules. 

We will now consider a concept called formal charge for estimating the charge of 
an individual atom in a molecule. We will use the formal charges of atoms to evaluate 
Lewis structures. As we will see below, the formal charge of an atom in a molecule is 
the difference between the number of valence electrons on the fi'ee atom and the mun­
ber of valence electrons assigned to the atom in the molecule. 

Therefore, to determine the formal charge of a given atom in a molecule, we need 
to know two things: 

1. The number of valence electrons on the free neutral atom (which has zero net 
charge because the number of electrons equals the number of protons) 

2. The number of valence electrons "belonging" to the atom in a molecule 

We then compare these numbers. If in the molecule the atom has the same number of 
valence electrons as it does in the free state, the positive and negative charges just bal­
ance, and it has a formal charge of zero. If the atom has one more valence electron in 
a molecule than it has as a free atom, it has a formal charge of - 1, and so on. Thus the 
formal charge on an atom in a molecule is defined as 

Formal charge = (number of valence electrons on free atom) 
- (number of valence electrons assigned to the atom in the molecule) 
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To compute lhc formal charge of an atom in a molecule. wc assign thi: valence 
electron;, m the molecule to the various atoms. m;iking the following a<;~11mptrnn<;: 

J. Lone pair electrons belong entirely to the atom in question. 
2. Shared e.lectrons are divided equal(y between the two sharing atoms. 

Thu.\ the number of vaknce electrons assigned to a given atom i:, cwkulatcd ,ts 

follow:;: 

f Valence elcctr!'n,l,", ,
11

,·d = fnu1i-1he1· (if lone p:iir electrons) 

+ i (nu111bcT or ,h,1rc·d c'k,·1ro11, ) 

\Ve 1,iJJ i.llu.,mlle the 1mxeLlure for cakul.ati.ng formal charges by con.-,idering lwo 
of lhc po.\:,ible Lc,1 i., "tructurcs for lhe ,ulL1Lc ion. which ha" 32 1 ale nee ekc:1rn11.,. Fur 
the Lewi:, ~lrucwrc 

:o: 
I 

:Q-S-0: 
I 

:o: 

each oxygen atom has 6 lone pair electrons and shares 2 electrons with the sulfur atom. 
Thus, using the preceding assumptions. each oxygen is assigned 7 valence eleclrnns. 

Valence electrons assigned to each oxygen = 6 plus! (2) = 7 
. . 

I I ' I ~. ", I. 1 •·1,,.·, ! 

I ,J J. : -~ l ! ,j I 

T ' I' 

Formal charge on oxygen = 6 minus 7 = - I 

\ .iJ l .. l di ll , 

1111 ,I 1r.•,· ( l ,l ,:111 I 

' I I · 

The formal charge on each oxygen is ----1. 

For the st1lfur awm there are no lone pair electrons, and eight electrons are sbared 
with the oxygen atoms. Thus, for sulfur, 

Valence electrons assigned to sulfur = 0 plus t(8) = 4 
• i 

I . ,, ,, , \li.11,, I 

11 . l! I ' k 'L ll•l] \'-

1 • .'k'll l•'! ' " 

Formal charge on sulfur = 6 111inus 4 = 2 

\ :i k-11-_. :k, 1r"'" I 
t l l l ,I !1,..·. ~ .il•'lll 

A second possible Lewis structure is 

r 

.. --~·- .. 

:o-s-o: 
.. II .. 

. o. 

1-
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ln thi_1, c:.hc the formal charge,:; are as follows: 
For orygcn atoms 11-irh single bonds: 

Valence electrons assigned= 6 + f(2) = 7 

Fonrnll clrnrg{' = 6 - 7 = - I 

For oxygen atoms H'ith douh/e honds: 

i ·.;1," h J, ,ubic' 

h"nd h.h --l 

,,k ... 11,111, 

Formal charge = 6 - 6 = 0 

For 1he s11lf/1r atom: 

Valence electrons assigned= 0 + t02) = 6 

Formal clrnrge = 6 -- 6 = 0 

VVe will use two fundamental assumptions about formal charges 10 evaluate Lewis 
structures: 

l. Atoms in molecules try to achieve formal charges as close to zero as possible. 
2. Any negative formal charges are expected to reside on the most electronega-

tive atoms. 

Vie can use these principles to evaluate the two nonequivalent Lcwjs structures for 
-;ulfate given previously. Notice that in the structure with only single bonds, each oxy­
gen h<.1.-, a formal charge of~ I, ,vhilc tl1i.: :-.ulrur hu~ a formul chi.!rgc uf + 2. 

{-1) 

:b: 
H! .. j .. HJ 
:o-s-o: I ',,, .. 

:(): 
• ·(-!) 

In contrast, in the structure with two double bonds and two single bonds, the sulfur and 
two oxygen atoms have a formal cl1arge of 0, while two oxygens have u formal charge 
of -1. 

101 

0 
<-11 . . 11(0) .. (-1) 

:O-S-0: 
• • 11 w, •• 

. o . 
. ·, 

Based on the assumptions given previously, the structure with two double bonds is 
preferred-it has lower formal charges and the - I formal charges are on electronega­
tive oxygen atoms. Thus, for the sulfate ion, we might expect resonance structures 
such as 

[ 
.. r ·· ],_ 

:o-s-o: 
•• II •• 

.. o .. 

• • ]'-: o: 
. I . 
·o=s=o· . I .· 

:o: 

to more closely describe the bonding than the Lewis structure with only single bonds. 
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SOLUTION 

3. 1 0 Naming Simple Compounds 12 7 

Rules Governing Formal Charge 

» To calculate the formal charge on an atom: 

1. Take the sum of the lone pair electrons and one-half the shared electrons. This is the 
number of valence electrons assigned to the atom in the molecule. 

2. Subtract the number of assigned electrons from the number of valence electrons on 
the free, neutral atom t o obtain the formal charge. 

» The sum of the formal charges of all atoms in a given molecule or ion must equal the overall 
charge on that species. 

>1 If nonequivalent Lewis structures exist for a species, those with formal charges closest 
to zero and with any negative formal charges on the most electronegative atoms are 

considered to best describe the bonding in the molecule or ion. 

Formal Charges 

Give pDssible Lewis structures for XeO_\. an explosive compound of xenon. Which 
Lewis structure or structures are most appmpriate according to the formal charges'' 

For XeO, (26 valence e lectrons) we can draw the following possible Lewis structures 
{formal charges are indicated in parentheses): 

•• (+I I 
Xe 

,? I ~·. :() 0 .. :O: • 
till (UJ 

( - I I 

•• (+Ii 
Xe 

• 7 11 "-.· . 
() ' o: 

' ,0 . 
tOJ • t ·- I I 

101 

R,1secl on the ideas of fonrnil charge. we would predict that the Lewis slrucnrres with 
the lower values of formal charge would be most appropriate for describing the bond­
ing in XeO3. 

As a final note, there arc a couple or cauiions about formal charge to keep in mind. 
Recognize that formal charges provide only estimates of charge-they should not be 
taken as actual atomic charges. Second, the evaluation of Lewis structures using for­
mal charge ideas can lead lo erroneous predictions. Tests based on experiments must 
be used to make the final decisions on the correct description of the bonding in a mol­
ecule or polyatomic ion . 

BlJ Naming Simple Compounds 
When chemistry was an infant science. there was no system for naming compounds. 
Names such as sugar of lead, blue vitro!, quicklime, Epsom salts, milk of magnesia, 
gypsum, and laughing gas were coined by early chemists. Such names are called com­
mon names. As chemistry grew, it became clear that using common names for com­
pounds would lead to unacceptable chaos. Nearly 5 million chemical compounds are 
currently known. Memorizing common names for these compounds would be an im­
possible task. 

Ex. 2022-038



128 CHAPTER 3 Bonding: General Concepts 

In formulas of ionic compounds, simple 
ions are represented by the element 
symbol: Cl means o -. Na means Na+, and 
so on. 

The solution, of course, is to adopt a system for naming compounds in which the 
name te lls something about the composition of the compound. After learning the sys­
tem, a chemist given a formula should be able Lo name the compound or, given a name, 
should be able to constmct the compound's formula. In this <;ection we will specify the 
most important rule~ for naming compounJs other than organic compounds (tlio~e 
based on chains of carbon atoms). 

We will begin with the systems for naming inorganic binary compounds­
compounds composed or two elements-which we classify into various types for ea,­
ier recognition. We will consider both ionic and covalent compound,. 

Binary Ionic Compounds (Type I] 
Binary ionic compounds contain a po<;itive ion (cation) always written first in the 
formula and a negative ion (anion). In naming these compounds, the following mies 

apply. 

Naming Type I Binary Compounds 

1. The cation is always named first and the anion second. 

2. A monatornic (meaning "one-atom") cation takes its name from the name of the 

element. For example, Na• is called sodium in the names of compounds containing 

this ion. 

3. A monatomic anion is named by taking the root of the element name and adding -ide. 

Thus the c1- ion is called chloride. 

Some common monatomii.: cations and anions and their names are given in Table 3.3. 
The rules for naming binary ionic compounds are illustrated by the following 

examples: 

Compound lons Present Name 

NaCl Na+, c1 - Sodium chloride 

Kl K.,. , 1- Potassium iodide 

CaS Ca2+,s2- Calcium sulfide 

Li,N Li+,N, - Lithium nitride 

CsBr cs-, Br- Cesium bromide 

MgO Mg2+, 0 2- Magnesium oxide 

TABLE 3.3 Common Monatomic Cations and Anions 

w Hydrogen w Hydride 

Li , lithium F- Fluoride 

Na ' Sodium Cl Chloride 

K- Potassium Br Bromide 

cs - Cesium 1- Iodide 

Be2- Beryllium 02 - Oxide 

Mgl + Magnesium 52- Sulfide 

(ah Calcium N3- Nitride 

Ba2 - Barium p3- Phosphide 

Al3+ Aluminum 
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SOLUTION 

SOLUTION 

3. 1 0 Naming Simple Compounds 129 

Naming Type I Binary Compounds 

Name each binary compound. 

b. AICI, c. Lil-I 

n. CsF is cesium lluoridc. 

b. AICI, is alu1ninu111 cldoride. 

c. Li 11 is lithium h) dride. 

Notice that. in each case. the cation is named first. :md then the anion i, named. 

Forn1ulas from Names 
So far we have started with the chemical formula of a compound and decided on its 
systematic name. The reverse process is also important. For example. given the name 
calcium chloride. we can write the formub as CaCI, because we know th:.it calcium 
forms only Ca2

" ions and that, since chloride is c1 -, two of these anions will be re­
quired to give a neutral compound. 

Formulas from Names for Type I Binary Compounds 

Given the following sy\ternatic names. write the formula lor each compound: 

a. potassium iodide 

b. calcium oxide 

C. gallium bromide 

Name 

a. potassium iodide 

b. calcium oxide 

c. gallium bromide 

Formula 

KI 

CaO 

GaBr, 

Comments 

Contains K •• and I · . 

Contains Ca2~ and 0 2- . 

Contains Ga3+ and Br ... 

Must have 3Br to balance charge of Ga1
' . 

Binary Ionic Compounds (Type II] 
I n the binary ionic compounds considered earl ier (Type l), the metal present forms 
only a single type of cation. That is, sodium forms only Na+, calcium forms only Ca2+, 

and so on. However, as we will see in more detail later in the text, there are many met­
als that form more than one type of positive ion and thus form more than one type of 
ionic compound with a given anion. For example, the compound FeC12 contains Fe2+ 

ions, and the compound FeCI3 contains FeJ+ ions. In a case such as this, the charge on 
the metal ion must be specified. The systematic names for these two iron compounds 
are iron(Il) chloride and iron(llI) chloride, respectively, where the Roman 1wmeral 
indicates the charge of the cation. 
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~iidl;M;;w;;,;11;;; Ii 
Type II binary ionic compounds contain a 
metal that can form more than one type 
of cation. 

A compound must be electrically neutral. 

SOLUTION 

.A. Mercury(II) oxide. 

A compound containing a transit ion metal 
usually requires a Roman numeral in its 
name. 

Another system for naming these ionic compounds that i» seen in the older litera­
ture was used for metals that form only two ions. The ion ll'ith the higher charge has a 

name ending i11 -ic, and the <Hit! with the lower charge has a name ending in -ous. 
[n this system, for example. Fe3

+ is called the fetTic ion. and Fe2•• is called the ferrous 
ion. The names for FeC13 and FeC12 are then ferric chloriJe and ferrous chloride. 
respectively. In this text we will use the system that employs Roman numerals. 
Table 3.4 lists the systematic names for many common Type II cation:,. 

Naming Type II Binary Compounds 

1. Give the systematic name for each of the following compounds: 

a. CuCI b. HgO c. FeP, 

2. Given the fol lowing systematic names. write the formula for each compound: 

a. Manganese(IY) oxide 

b. Lead(TI) chloride 

Al l of these compounds include a metal that can form more than one type of cation. 
Thus we must first determine the charge on each cation. This can be done by recogniz­
ing that a compound must be electrically neutral; that is, the positive and negative 
charges must exactly balance. 

1. 

Formula Name Comments 

a. CuCl Copper(]) chloride 

b. HgO Mercury(ll ) oxide 

c. Fe2O.1 lron(lll) oxide 

2 . 

Name 

a. Manganese(IV) oxide 

Formula 

MnO2 

b. Lead(II) chloride 

Because the anion is Cl , the cation must be 
Cu • (for charge balance). which requires a 
Roman numeral I. 

Because the an ion is 0 2- , the cation must be 
Hg2+ [mercury(II)J. 

The three 0 2- ions carry a total charge of 
6-, so two Fe3+ ions [iron(III)] are needed 
to give a 6+ charge. 

Comments 

Two 0 2- ions (total charge 4-) are 
requi red by the MnH ion 
[ manganese(IV) J. 

Two c1- ions are required by the Pb2+ 

ion [lead(II) J for charge balance. 

-CT• 

+·,<; 

• , See Exercise 3 .80 
'cl.,,. 

Note that the use of a Roman numeral in a systematic name is required only in cases 
where more than one ionic compound forms between a given pair of e lements. This 
case most commonly occurs for compounds containing transition metals, which often 
form more than one cation. Elements that form only one cation do not need to be 
identified by a Roman numeral. Common metals that do not require Roman numer­
als are the Group I A (I) elements. which form only 1 + ions; the Group 2A (2) ele­
ments, which form only 2 + ions; and aluminum, which forms only AIJ+. The element 
silver deserves special mention at this point. In virtually all its compounds silver is 
found as the Ag+ ion. Therefore, a lthough silver is a transition metal (and can poten­
tially form ions other than Ag+), silver compounds are usually named without a 
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' ··' li-1F- 3. 9 Flowchart for naming 
the cation in binary ionic compounds. 

TABLE 3.4 I Common Type ll 
Cations 

, ., 
" • ' ' 

' • 
., 

Fe'· lron(III) 

Fe'' lron(II) 

Cu2 Copper(II) 

Cu' Copper(!) 

Co ' · Cobalt(III) 
C,,, . Cobalt[II) 

SnJ, • Tin(IV) 

Sn;· Tin(II) 

Pb"· Lead(IV) 

Pb 2 Lead(II) 
H92, Mercury(II) 

Hg/·· Mercury(!) 

Ag · Silver' 
Zn? · Zinc' 
Cd 1 ' Cadmium' 

· Note that mercury(I) ions always occur 
bound together to form Hg/• ions. 

'Although these are transition metals, they 
form only one type of ion, and a Roman 
numeral is not used. 

3. 1 0 Naming Simple Compounds 1 31 

Does the compound contain f 
Type I or Type II cations'! 

I I 

Typ(' 1) Type 11 

i 
Name the cation using I 
the element name. 

Using the principle of charge 
balance, determine the cation charge. 

Include in the cation name a Roman 

numeral indicating the charge. 

Roman numeral. Thu, AgCl is typically called silver chloride rather than .,il ver(IJ 
chloriJe. although the latter name is technically correct. Also. a Rorn:rn numeral is not 
used for tine co111pounJs. since zinc f'orrns only the Zn?• ion . 

As shown in Example 3.11. when a metal ion is present that forms more than one 
type of cation. the charge on the metal ion mu,I he determined hy hahncing the po,i­
tive anJ negative charges of the compound. To do this you must be able to recognize 
the common cations and anions and know their charges (see Tables 3.3 and 3.5). The 
proceJurc for naming binary ionic compounds is summarited in Fig. 3.9. 

We can use the periodic table to tell us 
something about the stable ions formed by many atoms. For example, the atoms 
in column 1 always form 1 + ions. The transition metals, however, can form more 
than one type of stable ion. What if each transition metal ion had only one possib le 
charge? How would the naming of compounds be different? 

TABLE 3.5 I Common Polyatomic Ions 

Hg/· Mercury(!) NCS orSCW Thiocyanate 
NH, Ammonium CO/ Carbonate 

N01 Nitrite HC03 Hydrogen carbonate 

NOi Nitrate (bicarbonate is a widely 

so/- Sulfite used common name) 

SO/ Sulfate CIO orOCI Hypochlorite 

Hso. Hydrogen sulfate Clo1 - Ch lorite 
(bisulfate is a widely CIOi- Ch lorate 
used common name) CI0 4 Perchlorate 

OH Hydroxide C,Hi02 or CH 3COO Acetate 

CN Cyanide MnO, Permanganate 
Po,3 - Phosphate Cr20/- Di chromate 
HPo,2- Hydrogen phosphate cro.i - Chromate 
H1P04 - Dihydrogen phosphate o i2- Peroxide 

c,0.2 Oxalate 

520/ Thiosulfate 
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liidi¥iihii%iiiiiif I Naming Binary Compounds 

I. Give the systematic name for each of the following compounds: 

a. CoBr2 b. CaCI~ c. Al~O, 

2. Given !he following systematic names, write the formula for each compound: 

a. Chromium(lll ) chloride 

b. Gallium iodide 

SOLUTION l. 

A Various chromium compounds 
dissolved in water. From left to right: 

CrC/2, K2Cr201, Cr(N0}3, CrCI;, K2Cr04. 

FIGURE 3.10 Thecommon 

cations and anions. 

Formula 

a. CoBr1 

Name Comments 

Cobalt(ll) bromide Cobal.t is a transition metal; the compound 
name must have a Roman numeral. The two 
Br- ions must be balanced by a Co2+ ion. 

Calcium chloride Cal.cium. an alkaline earth metal , forms only 
the Ca2~ ion. A Roman numeral is not 
necessary. 

Aluminum oxide Aluminum forms only the Al3+ ion. A 
Roman numeral is not necessary. 

f 
~ 2. 
i Name 
~ 
1i a. Chromium(Jll) chloride CrCI., 
-g 
~ 
§, 

~ 

Formula 

i b. Gallium iodide Gal3 
u 

"' 

Comments 

Chromium(Ill) indicates that Cri+ is 
present, so 3 c1- ions are needed for 
charge balance. 

Gallium always forms 3+ ions, so 3 
r- ions are required for charge 
balance. 

The common Type I and Type [I ions are summarized in Fig. 3. 10. Also shown in 
Fig. 3.10 are the common monatomic ions. 
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2 
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Mg2, 
3 4 5 

C.12 .. 

sr2• 

Ba1+ 

6 7 8 9 10 11 

cr2+ Mn2
' Fe2

' Co~' Cu' 
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H~," Pb1+ 
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15 16 
SA 6A 

N3- 0 2-

g2-

18 
SA 

17 -
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i=-
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D Common Type I cations D Common Type II cations D Common monatomic anions 
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. INTERACTIVE EXAMPLE 3.13 

SOLUTION 

3.10 Naming Simple Compounds 133 

Ionic Con1pounds with Polyatornic Ions 
We have not y.::t considered i.onic compounds that cunwin pol_yiltmnic ion.,. For exarnpk. 
the comround ammonium nitrntc, N!-1.,NO_;, cont..1ins the rolyntomic ions NH-1 - and 
NO, . Pnlyatnrnic inn, are :i,,igned , pccial name, th.it 11111,1 he mrnu,ri:.ed tn name the 
compounds containing them. The most important polyatomic inns and their names arc 
listed in Table 3.5. 

Note in Table 3.5 that several. series o(' anions contain ,rn ,llom of CT given element 
and different numbers ol' o:>-yg.en aLOrns. These anions are culleJ oxyanions. When 
there are t\\O members in ,uch a series. the 1n1me or the u11c· \vith tht· ,nwller nurn hn 
of 1>,y~cn atom, end, i11 -itc nnd lhe name of the 011c 11-ith the larger numhl'r end, i11 
-111,-for c'\illnpk'. ,ulfik. (SO;' ) and ~ulfatc (SO_?-). '\\'hen 111<,rc th ;,n 111,1 nx)ani­
on, make up a ,eries, /r_l'/!0- (less ihanl and 11er- (llllm.: than) are u,c:cl a., prei'i:--es to 
name the member, of tl1e series v.,ith lhe fcwe~t am! lhc nH)~t oxygen atu111,, rc~pe,:-
1ively. The best example in1·olves the oxyanions con1aining chlorine. as shown in 
Table 3.5. 

Naming Compounds Containing Polyatomic Ions 

1. Give the systematic name for each of the following compounds: 

a. Na"SO1 

b. K!-1,PO, 

c. Fe(NO,)3 

d. Mn(OH )2 

e. Na,SO.1 

r. Na2CO_, 

2. Given the following S)'\lematic names, write the fonnulu 1or each compound : 

a. Sodium hydrogen carbonate 

b. Cesium perchlorate 

c. Sodium hypochlorite 

d. Sodium selenate 

e. Potassium bromate 

L 

Formula Name 

a. Na2SO-1 Sodium sulfate 

b. KH2PO-1 Potassium dihydrogen 
phosphate 

c. Fe(NO3h Iron( Ill ) nitrate 

d. Mn(Ol-lh Manganese(Ii) 
hydroxide 

e. Na2SO3 

f. Na2CO3 

Sodium sulfite 

Sodium carbonate 

Comments 

Transition metal-name must contain a 
Roman numeral. The Feh ion balances 
three NO3 - ions. 

Transition metal- name must contain a 
Roman numeral. The Mn"+ ion balances 
three OH- ions. 

Ex. 2022-044



134 CHAPTER 3 Bonding: General Concepts 

TABLE 3.6 I Prefixes Used to 
Indicate Number in 
Chemical Names 

mono- 1 
di- 2 
tri- 3 
tetra- 4 
penta- 5 
hexa- 6 
hepta- 7 
octa- 8 
nona- 9 
deco- 10 

2. 

Name Comments 

a. Sodium hydrogen 

Formula 

NaHC03 Olten called sodium bicarbonate. 
carbonate 

b. Cesium perchlorate 

c. Sodium hypochlorile 

CsCI04 

NaOCl 

Na~SeO.i d. Sodium selenate 

e. Potass ium bromate KBr0 3 

f\torns in the same group, like sulfur and 
selenium, often form similar ions that cu·e 
named similarly. Thus Seo}- i~ selenate, 
like S<V- (sul fa te). 

As above, Bro, - is bromate, lil...e CIO, 
(chlomle). 

Binary Covalent Compounds (Type Ill) 
Binary covalent compounds are formed between two nonmetals. Although these 
compounds do not contain ions, they are named very similarly to binary ionic 
compounds. 

Naming Binary Covalent Compounds 

1. The first element in the formula is named first, using the full element name. 

2. The second element is named as if it were an anion. 

3. Prefixes are used to denote the numbers of atoms present. These prefixes are given in 
Table 3.6. 

4. The prefix mono- is never used for naming the first element . For example, CO is called 

carbon monoxide. not monocarbon monoxide. 

To see how these rules apply, we will now consider the names of the several cova­
lent compounds formed by nitrogen and oxygen: 

Compound 

N10 
NO 
N02 
N20, 
N204 
N20s 

Systematic Name 

Dinitrogen monoxide 
Nitrogen monoxide 
Nitrogen dioxide 
Dinitrogen trioxide 
Dinitrogen tetroxide 
Dinitrogen pentoxide 

Common Name 

Nitrous oxide 
Nitric oxide 

Notice from the preceding examples that to avoid awkward pronunciations, we of­
ten drop the final o or a of the prefix when the element begins with a vowel. For ex­
ample, N20 4 is called dinitrogen tetroxide, not dinitrogen tetraoxide, and CO is called 
carbon monoxide, not carbon monooxide. 

Some compounds are always referred to by their common names. Three examples 
are water, ammonia, and hydrogen peroxide. The systematic names for H20, NH3, and 
H20 2 are never used. 
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. INTERACTIVE EXAMPLE 3.14 

SO!..LIT!O!'J 

FIGURE 3 .11 A flowchart for 
naming binary compounds. 

3 . 1 0 Naming Simple Compounds 1 3 5 

Naming Type Ill Binary Compounds 

.I. Name each of rhe following compounds: 

a. PCl, h. PCI , c. SO, 

2. From the following. systematic names. write the formula for each compound: 

fl. Sulfur hexafluoride h. Sulfur trioxide c. Carb011 Liicixicle 

I. 

Formula Name 

n. PCI , Pho,phoiw, pentacl.1loridc 

b. PCI , Phosphorus Lrichloi-i.de 

c. S02 Sulfur dioxide 

2. 

Name Formula 

a. Sulfur hexaAuoride SF6 

b. Sulfur trioxide so, 
c. Carbon dioxide CO2 

The rule, for naming hi.nary co111pounds are summarized ·in Fig. 3.11 . Prclixcs tu 
indicate the number of atoms are u,cd on ly in Type lll binary compounds (those con-
1..iining two nonmetals). An overall strategy for naming compounds is given in 
Fig. 3.12. 

Binary compound'! 

I 
' Yes) 

I 
Metal present? I 

I r-- No 

Type HI: I 
Use prefixes. 

Yes7 

Type I: 
Use the element 
name for the cation. 

Does the metal form 
more than one cation? 

No 

Type ll: 
Determine the charge 
of the cation; use a Roman 
numeral afler the element 
name for the cation. 
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FIGURE 3.12 Overa ll strategy for 
naming chemical compounds. 

INTERACTIVE EXAMPLE 3.15 

Binary compound'/ I 
I I 

r No Yes~ 

This is a compound 
for which nnming 
procedures have not 
yet been considered. 

P olyatomic ion 
or ions present? 

No 

Use the strategy 
summarized 
in Fig. 3.11. 

Name tbc compound 
u~ing procedures similar 
to lhose for naming 
binary ionic compounds. 

Naming Various Types of Compounds 

l. Give the systematic name for each of the following compounds: 

a. P40 w 

b. Nb20 s 

c. Li20 2 

d. Ti(NOJ).1 

2. Given the following systematic names, write the formula for each compound: 

a. Yanadium(V) fluoride 

b. Dioxygen difluoride 

c. Rubidium peroxide 

d. Gallium oxide 

SOLUTION 1. 

Compound 

a. P-1010 

b. Nb20 5 

2. 

Name 

Name 

Tetraphosphorus 
decaoxide 

Niobium(V) o xide 

Lithium peroxide 

Titanium(IV) 
nitrate 

Chemical 

Formula 

a. Yanadium(V) fluoride VF5 

b. Dioxygen difluoride 0 2F2 

Comment 

Binary covalent compound (Type III), so 
prefixes are used. The a in deca- is some­
times dropped. 

Type H binary compound containing Nb5+ 

and 0 2- ions. Niobium is a transition 
metal and requires a Roman numeral. 

Type [ binary compound containing the 
Li+ and o /- (peroxide) ions. 

Not a binary compound. Contains the Ti4 + 

and N0 3 - ions. Titanium is a transition 
metal and requires a Roman numeral. 

Comment 

The compound contains y 5+ ions and 
requires five F- ions for charge balance. 

The prefix di- indicates two of each 
atom. 
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,\c1<.h c<1 , be> r,·CO(_Jfllted by the ilydro(_J,·n 
th,H .ipo,,,1rs first in the formulJ. 

TABLE 3.7 I Names of Acids' 
That Do Not 
Contain Oxygen 

HF 
HCI 
HBr 
HI 
HCN 
H2S 

Hydrofluoric acid 
Hydrochloric acid 
Hydrobromic acid 
Hydroiodic acid 
Hydrocyanic acid 
Hydrosulfuric acid 

·-~'1l""'''.-; 
.. ...:.£. ~ -- • 

*Note that these acids are aqueous 
solutions containing these substances. 

TABLE 3.8 I Names of Some 
Oxygen-Containing 
Acids 

HN03 

HNO, 
H,SO,, 
H2S03 

H3P04 

HC, H,02 

Nitric acid 
Nitrous acid 
Sulfuric acid 
Su lfurous acid 
Phosphoric acid 
Acetic acid 

• s1li\,:S;~S > • , ,..-~•T~'"fl 
~:,~:.: ... ~ik¾:ft.':,£~ 

c. Rubidium peroxide 

d. Gallium o>.idc 

Acids 

3. 1 0 Naming Simple Compounds 1 3 7 

Because rub idium i, in Group l A. it 
forms only I + ions. Thus two Rb"'" ions 
arc needed to balance the 2- charge on 
the peroxide ion (0/ ·1. 

Becaw,e gallium is in Cirnup 3A. like 
aluminum. ii form, only 3+ ion,. Tv .. n 
Ga3

' ions are required to balance the 
charge on three 0 2 - ions. 

When dissolved in water. certain molecules produce a solution comaining free H- ions 
(protons). These substances, adds, will be discus~ed in detail laLer in the text. Hert! wc 
will s imply present the rules for naming acids. 

An acid i, a molecule in which one or more H • io1v; are attached to an anion. The 
rules for naming acids depend on whether the anion contains oxygen. If the name of 
the anion ends in -ide, the acid is named with the prefix hydro- and the suffix -ic. For 
example, when gaseous HCJ is dissolved in water, it forms hydrochloric acid. Simi­
larly, HCN and H2S dissolved in water are called hydrocyanic and hydrosulfuric acids, 
respectively. 

Vv"hen the union co111C1i11s u.\)ge11, Lhc acidic name is formed Crom the root uame of 
the anion with a suffix of -ic or -ous, depending on the name of the anion. 

I. If the anion name ends in -ate, the suffix -ic is added to the root name. For 
example, H2S04 contains the sulfate anion (SO/-) and is called sulfuric acid; 
H1P0.1 contains the phosphate anion ( PO~.l·· i and is called phosphoric acid: and 
HC2H30 2 contains the acetate ion (C2H102 - ) and is cal led acetic acid. Note that 
acetic acid has the actual structure: 

H 
I ,10 

H-C--C:;1/ 

I "o---·H 
H 

The formula is often written as CH3COOH. Thus the formula of acetate ion 
would be CH3Coo-. This structure does not conform to the rule that the acidic 
hydrogen is written first. 

2. If the anion has an -ite ending, the -ite is replaced by -ous. For example, H2S03, 

which contains sulfite (Sol-), is named sulfurous acid; and HN02, which con­
tains nitrite (N02 - ), is named nitrous acid . 

The application of these rules can be seen in the names of the acids of the oxyanions 
of chlorine : 

Acid Anion Name 

HC10 4 Perchlorate Perchloric acid 
HCl03 Chlorate Chloric acid 
HCl02 Chlorite Chlorous acid 
HCIO Hypochlorire Hypochlorous acid 

The names of the most important acids are given in Tables 3.7 and 3.8. An overall 
strategy for naming acids is shown in Fig. 3.13. 
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FIGURE 3.13 A flowchart for 
naming acids. An acid is best considered 
as one or more H ions attached to an 
anion. 

Does the anion contain ox)gcn? I 
I I 

f '' v~7 
hydro-
+ anion root 
+-ic 

Check the ending 
of the anion. 

hydro(anlon root)ic acid 

I 
1 -ite ) 

anion or element root 
+-0115 

(root)o11s acid 

anion or element root 
+-ic 
(root)ic acid 

In this chapter, you have learned a system­
atic way to name chemical compounds. What if all compounds had only com­
mon names? What problems would this cause? 

For Review • 

Key Terms 
Section 3.1 
chemical bonds 
covalent bonds 
molecule 
chemical formula 
structural formula 
space-filling model 
ball-and-stick models 
bond energy 
ionic bonding 
ionic compound 
Coulomb's law 
bond length 

Chemical Bonds 
> Hold groups of atoms together 

> Occur when a group of atoms can lower its total energy by aggregating 

> Types of chemical bonds 

> Ionic: electrons are transferred to form ions 

> Covalent: equal sharing of electrons 

> Polar covalent: unequal electron sharing 

> Percent ionic character of a bond X-Y 

Measured dipole moment of X-Y 
-----C.---------x 100% 
Calculated dipole moment for x + y -

> Electronegativity: the relative ability of an atom to attract shared electrons 

> The polarity of a bond depends on the electronegativity difference of the bonded atoms 

. . 

covalent bonding 
polar covalent bond 

Section 3.2 
electronegativity 

> The spatial arrangement of polar bonds in a molecule determines whether the molecule has 
a dipole moment 

Section 3.3 
isoelectronic ions 
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i<.ey Terms 

Section 3 6 
lo<.::1l i1.ed e lectron (LE) model 

lone pair, 

rHH1di11g p~irs 

Secrion 3 7 
Lc\\'i, ,truc1ure 

Ullc'I rule 

OLl<.:l rule:: 

Sectwn 3 9 
r~~lHli.llll.."~ 

rc.:,nnan<.:..: structures 

formal charge 

Sectwn 3 10 

hi11;1r: rn111pounds 

hinar} 10111c compounds 

oxyanion, 
hin,tr: covalent compoumb 
acid, 

Ionic Bonding 
> An inn ha, a d11feren1 ,i1e than ih parent atom 

> An anion is larger than its parent ion 

> A cation 1, ~mailer than 1h parent atom 

Bond Energy 
> The energy ncce,~D r~ 10 break a covalent bond 

[ncrca,c~ a, the numhc'r of ,hared pair, i11.:1-.:,he-., 

> Can he used tn e'-timntc the energy change i<)r a chemical reaction 

Lewis Structures 

For Review 1 3 9 

> Show how the valence ckctron pair, arc arranged among the atoms in a molecule or poly­
atomic iu11 

> Stable molecules usually contain atorn, that have their v;_i lencc orhitals filled 

> Leads to a duet rule lor hydrogen 

> Leads to an octet rule for second-row e lements 

> The atoms of elements in the third row and beyond can exceed the octet rule 

> Several equiv,1k 111 Lei', i, , tructure., can be Jrawn l'or some molecules. a conccp1 calJcd 
resonance 

> When several nonequivalent Lewis structures can be drawn for a molecule. form,il chmgc is 
often used to choose the most appropriate structure(s) 

Compounds Are Named Using a System of Rules Depending 
on the Type of Compounci 
> Binary compounds 

> Type I-contain a metal lhar always form~ the same cation 

> Type IJ--contain :i metal lhal ca11 ronu more than one cation 

> Type Ill-contain LIAO nonmetab 

> Compound~ contnining a polyatomic ion 

1. Distinguish between the terms col'lilent bond versus 
ionic bond and pure covalent bond versus polar CO\llt­

ll'llt bond. Characterize the types of bonds in terms of 
elt:ctronegativity difference. Energetically. why do ionic 
.ind covalent bonds form? 

4. Give a rationale for the octet rule and the duet rule for 
H in terms of orbitals. Give the steps for drawing a 
Lewis structure for a molecule or ion. 

5. In general, molecules and ions always follow the octet 
rule unless it is impossible. The three types of exceptions 
are molecules/ions with too few electrons. molecules/ 
ions with an odd number of electrons, and molecules/ 
ions with too many electrons. Which atoms sometimes 
have fewer than 8 electrons around them? Give an exam­
ple. Which atoms sometimes have more than 8 electrons 
around them? Give some examples. Why are odd­
electron species generally very reactive and uncommon? 
Give an example of an odd-electron molecule. 

2. When metals react with nonmetals, an ionic compound 
generally results. What is the predicted general formula 
for the compound formed between an alkali metal and 
,ulf'ur? Between an alkaline earth metal and nitrogen? 
Between aluminum and a halogen? 

3. When an element forms an anion, what happens to the 
radius? When an element forms a cation, what happens 
to the radius? Why? Define the term isoe/ectronic. 
When comparing sizes of ions, which ion has the larg­
e'<;( radius and which ion has the smallest radius in an 
i\oelectronic series? Why'1 

6. Explain the terms resonance and de/ocali;ed electrons. 
When a substance exhibits resonance. we say that none 
of the individual Lewis structures accurately portrays 
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the bonding in the substance. Why do we uraw rl!SO­

nance structures'! 

7. Define formal charge and explain how 10 calculate it. 
What is the purpose or the formal charge? Organic 
compounds are composed mostly of carbon and hydro­
gen bul also may have oxygen. nitrogen. and/or halo­
gen<; in the formula. Formal charge arguments work 
very well for organic compounds vvhen drawing the best 
Lewi, structure. How do C. H. N. 0. and Cl satisfy the 

Active Learning Questions 

J"hc,c quc,tion, arc dc,igncd to he u,cJ h) group, of ,tuucnh in 

cia,,. 

l. Explain the electronegativity trends across a row and down a 
column of the periodic table . Compare these trends with those 
of ionization energies and atomic radii. How are they related"' 

2. Using only (he periodic table. predict the most stable ion for 
Na. l\ll"g. Al. S. Cl. K. Ca. and Ga. Arrnnge these from largest 
to smallest radius. and explain why the radius varies as it does. 
Compare your predictions with Fig. 3.5. 

3. Which has the greater bond lengths: NO2 - or NO_1 •1 Explain. 

4. The following ions are best de~cribed with resonance struc­
tures. Draw tile resonance structures. and using formal charge 
arguments, predict the best Lewis strm:ture for each ion. 

a. Nco-
lJ. CNo-

5. What is meant by a chemical bond? Why do atoms form bonds 
with each otber'1 Why do some elements exist as molcL:ules in 
nature instead of as free atoms·1 

6. Why are some bonds ionic and some covalent? 

7. How does a bond between Na and Cl differ from a bond 
between C and Q? Whal about a bond between N and N'? 

8. Docs a Lewis strncture tell which electrons come from which 
atoms·i Explain. 

9. Evaluate each of the following as an acceptable name for 
water: 

a. dihydrogen oxide 

b. hydroxide hydride 

c. hydrogen hydroxide 

d. oxygen dihydride 

10. Why do we call Ba(NO3h barium nitrate. but we call Fe(NO,)2 

iron(II) nitrate? 

1.1. Why is calcium d ichloride not the correct systematic name for 

CaCl2? 

12. The common name for NH., is ammonia. What would be the 

systematic name for NHJ? Support your answer. 

A blue que,tion or exen.:i,e number 1nJ1L:ate, that the an,\\Cr to 

that que,tion or exerd,e appear, al the back of thi, bool-. and a 
,olution appear, in th..: 'it11dl'11t So/111io11, \,fa1111ul. 

Questions 
13. Compare and contrast the bonding found in the H 2(g) and 

HF(g) molecules with that found in NaF(s). 

octet rule in urganic compounds so as 10 htne a formula 
charge of zero? 

8. The compounds ALCl:i, CrC1_1, and JCl3 have similar 
formulas. yet each follows a different set o:r rules to 
name it. Name these compounds. and then compm·e anti 
contrast the nomenclature rules used in each case. 

9. How would you name HBr0-1. KJO,. NnBrO~. <1ml 
HlO? Refer to Table 3.5 and thoc' ncicl nnmenclnture 
discussion in the text. 

14. The following electrostatic potential diagrnms represen1 H", 
HCI, or NaCl. Label each and explain your choice~. 

a. 

b. 

c. 

15. Describe the type of bonding that exists in the Cl2(g) mole­
cule. How doe~ this type of bonding differ from that found in 
the HCl(.{I) molecule'1 How is it similar? 

16. Some or the important properties of ioniL: compounds are as 

follows: 

i. low electrical conductiv ity as solids and high conductivity 

in solution or when molten 

ii. relatively high melting and boiling points 

iii. brittleness 

iv. solubility in polar solvents 

How does the concept of ionic bonding discussed in this chap­
ter account for these properties? 

17. Label the type of bonding for each of the following. 

a. b. 

18. Distinguish between the followi ng terms. 

a. molecule versus ion 

b. covalent bonding versus ionic bonding 

c. molecule versus compound 

d. anion versus cation 

Ex. 2022-051



l'I . Wh:tt is the elec[ro11ef'at1vity trend ·1 Where doe, hydrogen Iii 
into the electroncgativily trend for the other clcmcn1s in the 
periodic.: tab It'.' 

20. When comparing the size of different ions. the general radii 
trend discussed i11 Chapter '.1 is usuall y nol vcrv u,eful. Wh,lt 
do yuu co11ce1Hrate on ll'he11 L·ompari11g siLes nl' ·1ons t,1 t:lL·h 
11thc:1 or\\ hen c01npa1·ing lhc si~c of an ion lo il.s .lk'UIJ al nt,:,1 I)'' 

1 1. \Vhich of' th('. 1ollowing statements is/are true'' Correu 1he 
f,il,e ,Latc:menh. 

a. It i, impnssiblt' tu -,ati,ty the· tictet rule tor all ,ttPms in 
Xd',•. 

h. Becm"e SF, nist,. OF, sh0uld also exist. hec,m;e n\y­
gen i, 111 tht' s.ll'ilt'- i'an1i ly as sulfur. 

c. The bond 111 NOT should be stronger than the bond in 
NO 

d. /\s predi.cted i'rorn the two Lewis structures tor ozom:. 
one ox ygen-oxygcn bond is stronger than the other oxygen­
oxygen bond. 

22. Three resona1icc structures can be drawn for CO2- Which reso­
nance structure is best from a formal charge standpoint? 

13. By analo[!y ll'ith phospl1orus compounds. name the foJJowing : 
Na,AsOJ. H,AsOJ. Mg)(SbO4h. 

24. Each of the following compmmds has three possible names 
listed for it. For each compound. what is the correct name and 
why aren 'r the other names used'1 

a. N,O: nitrogen oxide, nitmgen( I) oxide. di nitrogen 
monoxide 

b. Cu!O: c:upper o»ide. copper([) oxidc. di copper monoxide 

c. Li,O : lithium oxide, lithium( [) oxide, dilithium monoxide 

Exercises 

Chemical Bonds and Efectronegativity 

2::. \Vithout u"ing Fig. 3.4. predict the order of increasing electro­
negativity in each of the following groups of elemenis. 

a. C. N. 0 c. Si. Ge. Sn 

b. S, Se. Cl d. Tl. S, Ge 

26. \\'ithout using Fig. 3.4, predict the order of increasing electro­
negativity in each of the following groups of elements. 

a. Na. K. Rb c. F. Cl, Br 

b. B. 0, Ga d. S, 0 , F 

27. Without using Fig. 3 .4, predict wh ich bond in each of the fol­
lowing groups will be the most polar. 

a . C-F. Si- F, Ge-F 

b. P--CI or S·-CI 

c. S-F, S- CI, S- Br 

d. Ti-Cl. Si-Cl, Ge-Cl 

28. Without using Fig. 3.4, predict which bond in each of the fol ­
lowing groups will be the most polar. 

a. C- H. Si - H, Sn-H 

h. Al- Br. Ga- Br. In- Br. Tl-Br 

c. C-0 or Si-O 

d. 0 - F or 0-CI 

For Review 141 

2'>. Repeat Exercises ~.'i and 27. th is ti111e us ing the v,1lut.:., I'm the 
electronegativitie.s of the elements g iven in Fig. '.\.4. Arc there 
differenn:, in your au~wer,·.1 

30. Repeat Exercises 26 and 28. this time using the values for ihe 

elcctronegat il'i tics or the clements gil'en in Fig. ?,.4. l\re 1hc-re 
<l1ffcrences in your answers·.• 

JI. Which llf the frillowinf,'. incorrectly .shows the hnnd pol.mt}"' 
Show the correct bond polarity for those that nre incorrcc1 

a. "· H-1·:,, d. ·' 8r-13r'' 

h. •0 ·c1-I'' 
l'. ,\-si-ss 

32. lndi..:ate the, bund pol;int) !,hm., the panial pn,iti1c> ,llld p.ir­

tial negative e nds.I in the following bonds . 

a. c---O 

h. P- fl 

c. H-CI 

d. Br-Tc 

c. Se-S 

.'IJ . Predict the I)'[)(' of bond (ionic, covalent. or p1,Jar cov,ilrnl) 
one wou ld expect to form between the following pnus of 
e lements. 

a. Rb and Cl d. Ba and S 

b. Sand S e. N and P 

c. C and F f. Band H 

34. List all the poss ible bonds that can occur bet ween the clements 
P. Cs. 0 , and H. Predict the type of bond (ionic . covalent. or 
polar covalent) 011e would expect tu l'orm I'm each bond. 

J.:-. Hydrogen ha, an ,•.lcctmncgati1,ity value between bpn,n ,nn.l 
carhon and identica l to rhn.sphnrus. With thi, in mind. rnnk 

the followmg bonds in o rder of decreasing polarity: P-H. 
0 --H. N-H. f-[-{, C--11. 

36. Rank the following bonds in order of increasing ion ic charnc­
tcr: N-0, Ca--0. C-F. 81·-Br, K-F. 

Ions and Ionic Compow1ds 

Would yuu expect each o f the lo llowing atoms to gain m lo,e 

electrons wl1en forming ions'1 What ion is the most likely in 
each case'1 

a. Ra 

b. In 

C. p 

d. Tc 

e. Br 

f. Rb 

38. For each of the fo llowing atomic numbers, use the periodic 
table to write the formula (including the charge) for the simple 
im1 that the element is most like ly to form in ionic compounds. 

40. 

-l I. 

a. I 3 c. 56 e. 87 

b. 34 d. 7 f. 35 

Write electron configurations for the most stable ion formed 
by each of the elements Al , Ba. Sc, and I (when in st.:ible ionic 
compounds) . 

Write electron configurations for the most stable ion formed 

by each of the elements Te. Cl, Sr. and Li (when in stable ionic 
compounds). 

Predict the empirical formulas of the ion ic compounds formed 
from the following pairs of elements. Name each compound. 

a. Li and N c. Rb and C l 

b. Ga and 0 d. Ba and S 

42. Predict the empirical formulas of the ionic compounds formed 
from the following pairs of elements. Name each compound. 

a. Al and C l c. Sr and F 

b. Na and 0 d. Ca and Se 
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43. Write electron configurations for 

a. the cations Mg2+, K +, and AP" . 

b. the anions N3-, 0 2-, F-, and Te2-. 

44. Write electron configurations for 

a. the cations Sr1+, Cs+, rn +, and Pb2+. 

b. the anions P3 , s2-, and Br- . 

45. Which of the following ions have noble gas electron 
configurations? 

a. Fe2+, feH, Sc H, Co 1+ 

b. Tl +, Te2 - , CrH 

c. Pu4+. CeH. TiH 

d. Ba2+ . Pt2+, Mn2+ 

46. What noble gas has the same e lectron configuration as each of 
the ions in the following compounds? 

a. cesium sulfide 

b. strontium fluoride 

c. calcium nitride 

d. aluminum bromide 

47. Give the formula of a negative ion that would have the same 
number of electrons as each of the fo llowing positive ions. 

a. Na+ c. AIJ+ 

b. Ca2• d. Rb+ 

48. Give an example of an ionic compound where both the anion 
and the cation are isoclectronic with each of the following 
noble gases. 

a. Ne c. Kr 

b. Ar d. Xe 

49. Give three ions that are isoelectronic with neon. Place these 
ions in order of increasing size. 

SO. Consider the ions Sc 1+ , c1-, K +, Ca2+, and s2 - . Match these 
ions to the following pictures that represent the relutive sizes 
of the ions. 

51. For each of the following groups, place the atoms and/or ions 
in order of decreasing size. 

a. Cu, Cu+, Cu2+ 

b. Ni2+, Pd2+, Pt2+ 

c. o. o-, 0 2-

d. La3 + , EuH, GdH, YbJ+ 

e. Te2-, 1-. Cs+, Ba2+, Lal+ 

52. For each of the following groups, place the atoms and/or ions 
in order of decreasing size . 

a. V, V2+, VH, y s+ 

b. Na+, K+, Rb+, Cs+ 

c. Te2-, r-, Cs+. Ba2+ 

d. P, p-, p2-, p3-

e. 0 2-. s2-. Se2-, Te2-

Lewis Structures and Resonance 

53. Write Lewis structures that obey the octet rule (duet rule for 
HJ for each of the following molecules. Carbon is 1he central 
atom in Cf-14, nitrogen is the central atom in NH1. and oxygen 
is the central atom in H:O. 

a. F2 e. NH_1 

b. 0 2 

c. co g. HF 

d. CH4 

54. Write Lewi~ structures that obey the octet rule (t.luet rule for 
H) for each of the fol lowing molecules. 

a. H2CO 

b. CO2 

c. HCN 

Carbon is the central atom in all of these molecules. 

55. Write Lewis structures that obey the octet rule for each of the 
following molecules. 

56. 

a. CC14 c. SeCl2 

b. NCli d. ICI 

In each case, the atom listed first is the central atom. 

Write Lewis structures that obey the octet rule for each of the 
following molecules and ions. ( In each case the first atom 
listed is the central atom.) 

a. POC1_1. So/ - , Xe04, Po/- . CIO_,-

b. NF,. so/-. Po/-. CI01 -

c. CI02 - . SCl2, PCl2 -

d. Considering your answers to parts a, b, and c, what con­
clusions can you draw concerning the structures of spe­
cies containing the same number of atoms and the same 
number of valence electrons·1 

57. One type of exception to the octet rule are compounds with 
central atoms having fewer than e ight e lectrons around them. 
BeH2 and BH_, are examples or this type of exception. Draw 
the Lewis structures for BeH2 and B1-13. 

58. Lewis structures can be used to understand why some mole­
cules react in certain ways. Write the Lewis structures for the 
reactants and products in the reactions described below. 

a. Nitrogen dioxide dimerizes to produce dinitrogen 
tetroxide. 

b. Boron trihydride accepts a pai r of electrons from ammo­
nia, forming BH3NHJ. 

Give a possible explanation for why these two reactions occur. 

59. The most common exceptions to the octet rule are compounds 
or ions with central atoms having more than eight electrons 
around them. PF5, SF4, CIFi, and Br3 - are examples of this 
type of exception. Draw the Lewis structure for these com­
pounds or ions. Which elements, when they have to, can have 
more than eight e lectrons around them? How is this 
rationalized? 

60. SF6, CIF5, and XeF, are three compounds whose central atoms 
do not follow the octet rule. Draw Lewis structures for these 
compounds. 
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(, I. Write Lc\\'is structure, for the follm\i11g. Sl1011· a ll re,onan..:e 
,tructurc, where applicable 

a. N01 . NO , . N!O: (N:01 ex i~h a, O,N-NO ,.J 

h. OCN . SCN . N, ( Carhnn i, the central atom in OCN 
and SCN .) 

62. Some of the important pollu1a111, in the ar rnn,phere are 01onc 
(0,\. sulf'ur d1ox1dc. and sul fur trioxide. Write L..:wis ,lluc­

tures for these three molecule,. Show all re,onance structure, 

whc1e applicable. 

<,.'. B<.!11/l'IIC (C0 H,,) co1hi,h nl .i ,i,-111e111be1-:J I i11_g of carbon 

atom, \\'ilil one hydn•gen homkd lo l!ach c'arbon \Vrit,~ Le:,, i, 
,tructurl''- fnr l">cn7cnc. inc luding rl''l11wncc ,1ru..:tu1\''-

6-I. Borazi ne (B,N ,H6 ) ha, often been calkcl " inorganic" be111.ene . 
Write Lewis structures fur horazine. Bora1ine contains a ,ix­

mcmbcrccl ring of alternati ng onron allll 11itroge11 atom, with 
one hydrngen bunJed tu ead1 boron and nitrogen. 

63. An important obscrvution suppo1 ting tile conn:pl of re,onance 
in the localized i:: lectrun model was that there arc only three 
different s tructures of clichlornbenzc nc (Ci,H .. CI, ). How does 
this fact supporl the concept of resonance ( see Exercise 63 )'1 

66. Con,ider 1hc follpwing bond lengths: 

C-O 1-13 pm C= O 123 pm C==c:O 109 pm 

In the CO/ ion. all three C--O bonds have identical bond 

length, of 136 pm. Why'1 

<i7. A loxic cloud covered Bhopal. India. i11 December 1984 when 

11:ikr k:.11..cd into a tanl.. of 111t.!lhyl isocyanate. a11d the prudud 

c,caped into the atmosphere. Methyl isocyanate 1, used in the 

production of many pestic1clcs. Ora\.\. the Lewi, s lruclur-:s 101 
111ethyl isocyanate. Cl--1,NCO. including n;sonance forms. Tile 

, kcletal structure is 

H 
I 

11 -C-N- C-O 
I 
H 

68. Pcru\yacetyl nitrate, or P/\N. is present in photochemical 
,mog. Draw the Lewis structures (including resonance forms) 

for PAN. The skeletal structure is 

H 0 
I I / o 

H- C- C- 0 - 0 - N 
I ' H 0 

(19. Order the following species with respect to carbon- oxygen 

bond length (longest to shortest). 

co. 
\\.hut is the order from the weakest to the strongest carbon­
oxygen bond'1 (CH,OH exists as H_iC- OH.) 

For Review 141b 

70. l'bcc the ,pel·1e, belt»1 1n 11rdc:r ,,1 1l1c shur1e,1 11, the lungc,l 

nitrogen- nxygen bond. 

NO 

Formal Charge 

7 1. Use tl 1c fn1111.d charge ;1rgu 111c 11 1s ll• rat1onali1e \\'h: Hh 
would not tnllm, thc rn:tct l'llit' 

72. l ',e fn1 mal e h:irge argumcnh 111 c·,pl;1in II h) ('0 h:1, a k,, 
polai bond than espc<.:1cd 1111 the h,1,i , Pl c lc,·tn111,'ga1i, ii) 

, ,. \\ rile: Le,, 1, , t1 ucturc, that obC) the octet ruk 1'01 the 1(111,m­

ing ,pecie,. ,<\ ,,ign the lorm,11 drnrg.: lor each central :itom 

a. POCl.1 e. SO,Cl~ 

b. S01 f'. Xc0 1 

c. ClO., g. ClO, 

d. PO/ · h. NO/ 

74. Write Lewb ,trucwre., for the species 111 Exercise 73 that 

involve minimum formal charges. 

73. A common trait nf simple 0rganic compound, i, 111 have Lewis 

structures where all utom~ have a formal charge of 1ero. Con­

sider the following incomplete Lewis structllre for an organic 

compound rnlled 11wlh\'I cyc111oacryht1e, the main ingredient in 

Super Glue. 

H C - J\i II 
I I I 

H-C-C-C -O- C- H 
, I 
0 H 

Draw a complete I .ewis structure for methyl cyanoacry latc in 
which all atoms ha, c a formal charge of' 1ero. 

76. Bcn;oic acid i, u food prcscn ati,.:. 1'11e ,pace-ti lling 111uJcl 

for henzoic acid is shown be low. 

lknmic acid 
tC,,H,CO111l 

~c 
H 

0 

Draw the Lewis structure for benzoic acid. including all reso­

nance structures in which all atoms have a formal charge of 
zero. 

77 Oxidation of the cyanide ion produces the stable cyanate io n. 
ocN-. T he fulminate ion, CNO . on the other hand. is very 

unstable. Fulminate salts explode when struc k: Hg(CNOh is 
used in blusting caps. Write the Lewis structures and assign 

formal charges fo r the cyanate and fulminate ions. Why is the 
fulminate ion so unstable? (C is the central atom in OCN - and 
N is the central atom in CNO - .) 
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78. Nitrous oxide (N2O) ha~ three po,,ible Lewis ,tructures: 

Gi1en 1he folio\\ ing bond lengths. 

N-N 
N=N 
N=N 

167 pm 
120 pm 
I 10 pm 

N=O 
N-O 

I 15 pm 
147 pm 

rationalize the observations that the N-N bond length in N1O 
is 112 pm and that the N-0 bond length i, I 19 pm. A~,ign 
formal charge\ to the resonance structures for N2O. Can you 
eliminate an} of the re,onanee :,tructures on the basis of fur­
m..il charges•) ls this consistent with observation'! 

Nomenclature 

79. Name the compounds in parts a---d and write the formulas for 
the compounds in parts e-h. 

a. NaBr e. strontium fluoride 

b. Rb2O f. aluminum selenide 

c. CaS g. potassium nitride 

d. All3 h. magnesium phosphide 

80. Name the compounds in part, a-d and write the formulas for 
the compounds in parts e-h. 

a. Hg2O e. tin(ll) nitride 

b. FeBr., f. cobalt([![) iodide 

c. CoS g. mercury( II ) oxide 

d. TiCI~ h. chromium(VI) ,ulflde 

81. Name each of the following compounds: 

a. CsF c. Ag2S c. TiO2 

b. Li3N d. MnO1 f. Sr3P2 

82. Write the formula for each of the following compounds: 

a. zinc chloride d. aluminum sulfide 

b. tin(]V) lluoride 

c. calcium nitride 

c. mercury([) selenidc 

f. silver iodide 

83. Name each of the following compounds: 

a. BaSO1 c. KMnO4 

b. NaNO, d. K2Cr,O1 

84. Write the formula for each of the following compounds: 

a. chromium(lll) hydroxide 

b. magnesium cyanide 

c. lead(IV) carbonate 

d. ammonium acetate 

85. Name each of the following compounds: 

a. • • •• 11 0 
(I N • • b. 

~ I 

~ Cl 

c. SO2 

d. P2Ss 

86. Write the formula for em:h of the following compounds: 

a. diboron trioxide 

b. arsenic pentntluo1idc 

c. dinitrogen monoxide 

d. sulfur hexachloride 

87. Name each of the following compound~: 

a. Cul f. S4N.i 

b. Cul2 g. SF. 

c. Col, h. NaOCI 

d. Na,CO1 i. BaCrO4 

e. NaHCO, j. NH~NO3 

88. Name each of the following compounds. Assume the acids are 
dissolved in water. 

a. HC,H,O, g. H,SO, 

b. NH4NO2 h. Sr1N2 

c. Co2S, i. Al2(SO,h 

d. JCl j. SnO2 

e. Pb,(PO4) 2 k. Na2CrO.i 

f. KClO1 I. HClO 

89. Elements in the same family often form oxyanions of the same 
general formula. The anions are named in a similar fashion. 
Give the names of the oxyanions of ~elenium and tellurium: 
Seo}- , Seo/- . Teo/-. Teo/-. 

\10. Knowing the names of similar chlorine oxyanions and acid,, 
deduce the names of the following: ro- . [02 - . [0, - . 104 - . 

HIO. HlO2. HIO,, HIO.,. 

91. Write the formula tor each of the tollowing compound,: 

a. sulfur diftuoride 

b. sulfur hexafluoride 

C. .,odium dihydrogen phosphate 

d. lithium nitride 

e. chromium( 111) carbonate 

f. tin(ll ) fluoride 

g. ammonium acetate 

h. ammonium hydrogen sulfate 

i. cobalt(lll) nitrate 

j. mercury(]) chloride 

k. potassium chlorate 

I. sodium hydride 

92. Write the formula for each of the following compounds: 

a. chromium(Vl) oxide 

b. disulfur dichloride 

c. nickel( ll) fluoride 

d. potassium hydrogen phosphate 

e. aluminum nitride 

f. ammonia 

g. manganese(IV) sulfide 

h. sodium dichromate 

i. ammonium sulfite 

j. carbon tetraiodide 
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1J.\, Write the formub for each or the t'nlhl\\ ing ,:ornpnu1Hk 

a. wdiu1n •>xide h. copper( I) ,·h l,11"id,, 
h. sodium pero,\ ide 

c. potassium cyanith: 

cl. coppen 11) nitrate 

e. selenium tetrahn,midc· 

f'. iodous acid 

g. l,;ad(IV) sullidc 

i. gallium arsenide 

j. cadmium sc.:lcnidc 
k. tin,· ,ulticlc 

I. llllfllllS aciJ 

m. dipho,phoru, pc11tox1de 

9-t. ~ rite th,· formula for each o l rile i'Pllo11 ing compound,: 

a. an111mnium hydrn);!t'Tl phosphate 

h. 111crrnry[]) wlfak 

L silicon dioxide 

d. sodium sulfite 

l", aluminum hydn1g~·11 ,ul fatc: 

r. nitrogen trichlomle 

g. hydrobromic acid 

h. bromous acid 

i. perbromic acid 

j. potassium hydrngrn suliide 

k. calcium iodide 

I. cesium perchlornte 
9:, . Name the acids illmtratcd he low. 

9 II V 
a. b. C. 

~ 
H ~ (' .,. a N 

y a o s ., 
~ Cl 

p 

ti. e. 

96. l:ach of !ht.: l'ollowing rnrnprnmcls is incorrectly 11a111ed. What 
1s wrong with each name. and what is the co1Tect name for 
each rnmpound'1 

a. FeCI,, iron chloride 

b. NO,, nitrogen(IV) oxide 

c. CaO, calcium(]] ) monoxide 

d. Al,S_,. dialuminum trisultide 

e. Mg(C,H,0,),. manganese diacetate 

I'. FePO, . iron(ll) phosphide 

g. P,S_s. phosphorus sulfide 

h. Na,O,. sodium oxide 

i. HN0_1. nitrate acid 

j. H,S. sulfuric acid 

For Review 141d 

ChemWork Problems 

I h..:" 111ult1u.i1,,·pt p1,,l,k llh t,111d :1dd11 i1111.tl 1111c·,1 .ti\.' 1111111d 111 
k'r,1,·111,·I~ 1111 h11,· \\llh th,• ,,11n,· l~pc· 11l.i"i,t;i11c,• a , t11d_-,11 ,1,1111 I 
•

1,•1 t 111rn ;11 1 111 , 1n 1c1t11 

'J7. lucn11f) the following ckmc111s based ,m thi:ir eb.:tron ..:u11-
lig11rat1ons and rank them tn <>rckr ol 1111.:rca\ing c.:lc..:1ronL"ga-
1 ivi1y: f!\rH.1 1:'\d'•: INcJ3s:3f''. lr\r j-l ,:.ld111-lp'. 1Ncj.h:.lr1'. 

'>S. l 'l,l\\il~ tht.: humh11g 111 ,·:ich ,,f rht.: l,111\\wing 11111k,·ule, a, 
ionic. p11iar l'< ":.tknt. Pr nt 1np1 ,lar co, ,dent. 
a. H: r. 1-l f-' 
h. K.P r. CCI. 
l'. N,tl g. CF, 
d. so, h. K,.S 

')'J. List rhe homl\ P-CI. P- 1-. ()-F-~ and Si - r lrom least polar 
to most polm. 

100. Arrange the atoms and/or ion\ in the fo llowing gr,)up, in 01 ,kr 
of' dt.:cre,t\i11g Sl/.C 

a. 0. 0 . 0' 

b. Fe'-.Ni'·. Zn'' 

c. Ca>. K·.c1 

10 I. Arrange the following in order of i11crca,ing radius and 
increasing ioni1.arion energy. 

a. N ' . N. N · 

b. Se. Sc . Cl. Cl 

L'. Br . Rb·, Sr' 

102. \,\'hich member nf rhc f1>1!11,v111g pair, ,op11Jd yPu c'\J't'l'I I<> he 
mort.: energetically ~wbJe·> Justify each choice. 
a. NaBr or NaBr: 

b . CI0.1 01 CIO , 

C. S0 1 or XcO, 

d . OF, or SeF, 

I OJ. What do each of the folio"' ing ,eh of compound,/ion, have 111 
common·> 

a. SO,. N01 - . C012 

b. 0 _1. S02. N02 

104. Which of the following c:ompounds or ions exhibit rcsonanc..:'1 

a. o, d. co/-
b. CNO e. /\sF, 
c. Asl3 

I 0:-. Although both Br, - and 11 ions arc known, the F, ion has 
not been observed. Explain. 

106. Complete the following table to predict whether the given 
atom will gain or lose electrons in forming the ion most likely 
to form when in ionic compounds. 

K 

Cs 

Br 

s 
Se 

£ .t. ... . 
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107. The formulas am.l <·ornmlm name, for several suhstances arc 
given below. Give ths: ,y,tematic: names for these substance, . 

a. sugar of lead 

b. blue vitro! 

c. quick lime 

d. Epsom salt~ 

e. milk of magnesia 

r. gypsum 

g. laughing gas 

Pb(CiH.1O:l: 

CuSO-1 

C:aO 

MgSO4 

Mg(OH), 

CaSO, 

N:0 

108. Whal are the formula, of tile compounds that correspond tn 
the names given in lhe following table'? 

Compou.n.d Name. ..Formula _ 

Carbon tetrabromide 

Cobalt(II) phosphate 

Magnesium chloride 

Nickel(II) acetate 

Calcium nitrate 

109. What are the names of the compounds that correspond to the 
formulas given in rhe fol lowing tabte•) 

Co(N02) 2 

AsF5 

LiCN 

K2S01 

LiiN 

PbCr04 

l 10. Which of the following statements is(are) corredl 

a. The symbols for the elements magnesium. aluminum. and 
xenon are Mn. Al, and Xe, respectively. 

b. The elements P, As, and Bi are in the same family on the 

periodic table. 

c. All of the following elements are expected to gain elec­
trons to form ions in ionic compounds: Ga. Se, and Br. 

d. The elements Co, Ni, and Hg are all transition elements. 

e. The co1Tect name for TiO1 is titanium dioxide. 

111. Identify each of the following elements: 

a. a member of the same family as oxygen whose most 
stable ion contains 54 electrons 

b. a member of the alkali metal family whose most stable 
ion contains 36 electrons 

c. a noble gas with 18 protons in the nucleus 

d. a halogen with 85 protons and 85 electrons 

112. A certain element has only two naturally occu1Ting isotopes: 
one with 18 neutrons and the other with 20 neutrons. The ele­
ment forms l - charged ions when in ionic compounds. Pre­
dict the identity of the element. What number of electrons 
does the I - charged ion have? 

11 3. The designat ions I A thrnugh 8A used for certain families or 
1he periodic table are helpful for predicting the charges on ion, 
in binary ionil: compounJ,. ln the,e compoun<ls. the melnb 
generally take on a positive charge equa l to the family number. 
while the nonmetals lake on a negative charge e4ual to the 
fami ly number minus 8. Thus the compound between ,o<liu rn 
and chlorine contains Na• ions and Cl - ions and has the for­
mula NaCl. Predict the formula and the name of the binary 
n>mpound formed from 1hc: fol1011,ing pairs of clement,. 

a. Ca and N c. !:la and I 

b. K and O t'. Al :md Se 

c. Rb and F g. C, and P 

d. Mg and S h. In and Br 

114. For each of the following i(lfls, indicate the total numher of 
protons and electrons in the ion. For the positive ions in the 
li,t. prc:dict the formula or the simplest compound formed 
between each positive i.on and the oxide ion. Name the com­
pounds. For the negative ions in the fist , predict the formula of 
the simplest compound formed between each negative ion nnd 
the aluminum ion. Name the compounds. 

a. Fe2+ e. s> 
b. Fe·1+ f. p, -

c. Ba"' g. Br·-

d. cs- h. :'-13 -

115. The study of carbon-containing compounds and their proper­
ties is called organic chemistry. Besides carbon atoms, organic 
compounds also can contain h)-drogen. oxygen. and nitrogen 
atoms (as we ll as other type~ of atoms). A common trait of 
simple organic compounds is to have Lewis structures where 
all atoms have a formal cltarge of;:ero. Consider the following 
incomplete Lewis structure for an organic compound called 
hi11idi11e (an amino acid). wh ich is one of the building blocks 
of proteins found in our bodies: 

H- C-·N 

l ~C- H 
C-N-H 
I 

H ·-C-H 
I 

H-N-C-C-O- H 
I I I 
H H 0 

Draw a complete Lewis structure for histidine in which all 
atoms have a formal charge of zero. 

116. A polyatomic ion is composed ofC, N, and an unknown ele­
ment X. The skeletal Lewis structure of this polyatomic ion is 
[X-C- N j- . The ion xi - has an electron configuration of 
[Ar]4s"3d1114p6. What is element X'1 Knowing the identity of 
X, complete the Lewis structure of the polyatomic ion, includ­
ing all important resonance structures. 
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Challenge Prnblems 
11 7. Use Coulomb's law. 

Lo calrnlarc the t!ncrgy of interaclion. V for Lhe fol.lowing 1wo 
arn:i11ge111en1s of dwrges. each having a 1nag.11i1ude equal LO 

1he clec1ro11 dtarge. 

a. 1x1n- 10 111 1x10- 10 111 

8-8- Y..-EJ-8 
I>. LJ 

] X Irr IO ll1 /' V ". I XI() - 10 111 

E) EJ) 
l )(] o- II) Ill ''.LJ/' I >, Io- IO ll1 

0 
118. Many limes cxtrn stability is charactcri,tic of" molecule or 

ion in which resonance is possible. H.ow rnuld this be used to 
explain the aciditit::s of the following compounds? (The ac idic 
hydrogen is marked by an asterisk .) Part c shows resonance in 
the ChH\ ring. 

,. HJ-oH• h CHJ-cHJ:cH, ,. 6 
119. Dr:m a Lewis structure for lhe /V,,",'-din1e1hylforma111ide mol­

ecule. The skeletal structure i~ 

? 
H-c-7- nri 

CH, 

Various types of evidence lead to the cm1du5ion that lherc is 
some double bond character to the C-N bond. Draw one or 
more resonance structures that support this ohscrvation. 

FOi' Review 141f 

120. Chok,teml (C~ 7H,,,O) has the following structure: 

In such shonhand structures. each point where lines meet rep­
resent, a cmbon atom. and most H atoms arc not shown. Draw 
the complete structure showing all carbon and hydrogen 
atoms. ( There wi II be four bonds to each carbon atom.) 

121. Consider the following compulcr-i!enerafed model of 
caffeint::. 

H 

Q o 
Q N 
Qc 

Draw ~ Lewis structure for caffeine in which all atoms have a 
formal charge of zero. 
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