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Basic Concepts of Chemical  
Bonding
Chapter 8

1

LEWIS SYMBOLS AND THE OCTET RULE

The electrons involved in chemical bonding are the 
valence electrons, in the outermost occupied 
shell. The American chemist G.N. Lewis (1875–
1946) suggested a simple way of showing the 
valence electrons in an atom and tracking them 
during bond formation, using what are now known 
as either Lewis electron-dot symbols or simply 
Lewis symbols.

The Lewis symbol for an element consists of the 
element’s chemical symbol plus a dot for each 
valence electron. Sulfur, for example, has the 
electron configuration: [Ne]3s23p4 and therefore 
six valence electrons. Its Lewis symbol is:

2

3

The dots are placed on the four sides of the symbol––top, 
bottom, left, and right––and each side can accommodate 
up to two electrons. All four sides are equivalent, which 
means that the choice of on which sides to place two 
electrons rather than one electron is arbitrary. 

In general, we spread out the dots as much as possible. In 
the Lewis symbol for S, for instance, we prefer the dot 
arrangement shown rather the arrangement having two 
electrons on three of the sides and none on the fourth.

Notice that the number of valence electrons in any 
representative element is the same as the element’s 
group number. For example, the Lewis symbols for 
oxygen and sulfur, members of group 6A, both show six 
dots.
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The Octet Rule
Atoms often gain, lose, or share electrons to achieve the 

same number of electrons as the noble gas closest to 
them in the periodic table. The noble gases have very 
stable electron arrangements, as evident by their high 
ionization energies, low affinity for additional electrons, 
and general lack of chemical reactivity.

Because all the noble gases except He have eight valence 
electrons, many atoms undergoing reactions end up with 
eight valence electrons.  This observation has led to a 
guideline known as the octet rule: Atoms tend to gain, 
lose, or share electrons until they are surrounded by 
eight valence electrons.

5

An octet of electrons consists of full s and p 
subshells in an atom. In a Lewis symbol, an 
octet is shown as four pairs of valence 
electrons arranged around the element 
symbol, as in the Lewis symbols for Ne and 
Ar in Table  below. 

There are exceptions to the octet rule, 
however, it provides a useful framework for 
introducing many important concepts of  
bonding.

6
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IONIC BONDING
Ionic substances generally result from the interaction of 

metals on the left side of the periodic table with 
nonmetals on the right side (excluding the noble gases, 
group 8A).

For example, when sodium metal, Na(s), is brought into 
contact with chlorine gas, Cl2(g), a violent reaction 
occurs. The product of this very exothermic reaction is 
sodium chloride, NaCl(s):

Na(s) + ½  Cl2(g) g NaCl(s)   ∆H°f =-410.9 kJ

Sodium chloride is composed of Na+ and Cl- ions arranged 
in a three-dimensional array.
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The formation of Na+ from Na and Cl- from Cl2
indicates that an electron has been lost by a 
sodium atom and gained by a chlorine atom. Two 
of the atomic properties  give us an indication of 
how readily electron transfer occurs: ionization 
energy, which indicates how easily an electron can 
be removed from an atom, and electron affinity, 
which measures how much an atom wants to gain 
an electron.

Electron transfer to form oppositely charged ions 
occurs when one atom readily gives up an 
electron (low ionization energy) and another atom 
readily gains an electron (high electron affinity). 
Thus, NaCl is a typical ionic compound because it 
consists of a metal of low ionization energy and a 
nonmetal of high electron affinity.

10

Using Lewis electron-dot symbols (equation 
showing a chlorine atom rather than the 
Cl2 molecule), we can represent this 
reaction as:

The arrow indicates the transfer of an 
electron from the Na atom to the Cl atom. 

Na+ : [Ne]
Cl- : [Ar]
We have put a bracket around the chloride 

ion to emphasize that all eight electrons 
are located on it.

11

Describe the electron transfers that 
occur in the formation of calcium 
fluoride from elemental calcium and 
elemental fluorine. 

12
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Ionic substances possess several 
characteristic properties. They are usually 
brittle substances with high melting 
points. They are usually crystalline. 
Furthermore, ionic crystals often can be 
cleaved; that is, they break apart along 
smooth, flat surfaces. These 
characteristics result from electrostatic 
forces that maintain the ions in a rigid, 
well-defined, three-dimensional 
arrangement such as that shown in the 
Figure below.

1314

Energetics of Ionic Bond Formation

The formation of sodium chloride from sodium and chlorine 
is very exothermic, as indicated by the large negative 
enthalpy of formation,  ∆Ho

f = -410.9 kJ/mol
The heat of formation of other ionic substances is also quite 

negative. What factors make the formation of ionic 
compounds so exothermic?

The formation of NaCl requires the transfer of an electron 
from Na to Cl. Recall that the loss of electrons from an 
atom is always an endothermic process. Removing an 
electron from Na(g) to form Na+, for instance, requires 
496 kJ/mol. On the other hand, when a nonmetal gains an 
electron, this is an exothermic process where adding an 
electron to Cl(g), for example, releases 349 kJ/mol.

15

From the magnitudes of energies accompanying 
formation of NaCl(s) from Na(s) and Cl(g), we 
can see that the transfer of an electron from a 
Na atom to a Cl atom would not be 
exothermic—the overall process would be an 
endothermic process that requires 496 – 349 = 
147 kJ. 

This endothermic process corresponds to the 
formation of sodium and chloride ions that are 
infinitely far apart—in other words, the positive 
energy change assumes that the ions do not 
interact with each other, which is quite 
different from the situation in ionic solids.

16
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Lattice Energy
The principal reason ionic compounds are stable 

is the attraction between ions of opposite 
charges. This attraction draws the ions 
together, releasing energy and causing  the 
ions to form a solid array, or lattice.

A measure of how much stabilization results 
from arranging oppositely charged ions in an 
ionic  solid is given by the  lattice energy, 
which is  the energy required to completely 
separate one mole of a solid ionic compound 
into its gaseous ions.

17

To envision this process for NaCl, imagine 
that the crystal expands from within, so 
that the distances between the ions 
increase until the ions are very far apart. 
This process requires 788kJ/mol , which 
is the value of the lattice energy.

Notice that this process is highly 
endothermic. The reverse process—the 
coming together of Na+ and Cl- to form 
NaCl(s)—is therefore highly exothermic 
∆H =-788 kJ/mol

18

19

Large positive values of lattice energy indicate that the ions are 
strongly attracted to one another in ionic solids. This makes the 
formation of ionic compounds an exothermic process. The strong 
attractions also cause most ionic materials to be hard and brittle with 
high melting points. 

The magnitude of the lattice energy of an ionic solid 
depends on the charges of the ions, their sizes, and their 
arrangement in the solid. We saw that the potential 
energy of two interacting charged particles is given by:

In this equation Q1 and Q2 are the charges on the particles, 
d is the distance between their centers, and  k is a 
constant, 8.99*109 J-m/C2 . 

The equation indicates that the attractive interaction 
between two oppositely charged ions increases as the 
magnitudes of their charges increase and as the distance 
between their centers decreases. Thus, for a given 
arrangement of ions, the lattice energy increases as the 
charges on the ions increase and as their radii decrease. 

20
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Without consulting the Table above, arrange the ionic 
compounds NaF, CsI, and CaO in order of increasing 
lattice energy.

We need to determine the charges and relative sizes of the 
ions in the compounds. We then use the electrostatic 
equation, qualitatively, to determine the relative energies, 
knowing that (a) the larger the ionic charges, the greater 
the energy and (b) the larger the ionic radii of the ions, 
the lower the energy.

NaF consists of Na+ and F- ions, CsI of Cs+ and I- ions, and 
CaO of Ca2+ and O2- ions. Because the product Q1Q2
appears in the numerator, the lattice energy increases 
dramatically when the charges increase. Thus, we expect 
the lattice energy of CaO, which has Ca2+ and O2- ions, to 
be the greatest of the three.

21

The ionic charges are the same in NaF and CsI. As a result, 
the difference in their lattice energies depends on the 
difference in the distance between ions in the lattice. 
Because ionic size increases as we go down a group in 
the periodic table, we know that Cs+ is larger than Na+ 

and I- is larger than F-. Therefore, the distance between 
and ions in NaF is less than the distance between the and 
ions in CsI. As a result, the lattice energy of NaF should 
be greater than that of CsI. In order of increasing energy, 
therefore, we have: CsI<NaF<CaO.

Which substance do you expect to have the greatest lattice 
energy, MgF2, CaF2, or ZrO2?

Consulting the periodic table, ZrO2 has the highest lattice 
energy since Zr has a 4+ and the two oxygens have a 4-. 
This makes Q1Q2 very large as compared to MgF2, CaF2.

22

Lattice Energy
The principal reason ionic compounds are stable 

is the attraction between ions of opposite 
charges. This attraction draws the ions 
together, releasing energy and causing  the 
ions to form a solid array, or lattice.

A measure of how much stabilization results 
from arranging oppositely charged ions in an 
ionic  solid is given by the  lattice energy, 
which is  the energy required to completely 
separate one mole of a solid ionic compound 
into its gaseous ions.

23

CALCULATION OF LATTICE ENERGIES:
THE BORN–HABER CYCLE

Lattice energies cannot be determined directly by 
experiment. They can, however, be calculated by 
envisioning the formation of an ionic compound 
as occurring in a series of well-defined steps. 

We can then use Hess’s law to combine the steps in 
a way that gives the lattice energy for the 
compound. By so doing, we construct a Born–
Haber cycle, a thermochemical cycle named after 
the German scientists Max Born (1882–1970) and 
Fritz Haber (1868–1934), who introduced it to 
analyze the factors contributing to the stability of 
ionic compounds.

24
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In the Born–Haber cycle for NaCl, we consider the 
formation of NaCl(s) from Na(s) and Cl2(g) by two 
routes. The enthalpy change for the direct route is 
the heat of formation of NaCl(s):

Na(s) + ½  Cl2(g) g NaCl(s)      ∆Ho
f = -411kJ

The indirect route has five steps:
First, we generate Na(g) atoms by vaporizing Na(s). 

Then we form Cl(g) atoms by breaking  the bonds 
in Cl2 molecules:

Na(s) g Na(g)   ∆H°f [Na(g)] = 108 kJ
½ Cl2(g) g Cl(g) ∆H°f [Cl(g)] = 122 kJ

Note that both processes are endothermic.

25

In the next two steps we remove the electron from Na(g) to 
form Na+(g) and then add the electron to Cl(g) to form Cl-

(g) .The enthalpy changes for these processes equal the 
first ionization energy of Na, I1(Na), and the electron 
affinity of Cl, denoted EA(Cl), respectively:

Na(g) g Na+(g) + e ∆H= I1(Na) = 496 kJ
Cl(g) + e g Cl-(g) ∆H = EA(Cl) = -349 kJ

Finally, we combine the Na+(g) and Cl-(g) to form NaCl(s). 

Because forming solid NaCl is the reverse of breaking the 
solid into its gaseous ions, the enthalpy change for solid 
formation is the negative of the lattice energy, the 
quantity we want to determine:

Na+(g) + Cl-(g) g NaCl(s) ∆H =-∆Hlattice = ? 

26

Na(s) g Na(g)   ∆H°f [Na(g)] = 108 kJ
½ Cl2(g) g Cl(g) ∆H°f [Cl(g)] = 122 kJ

Na(g) g Na+(g) + e ∆H= I1(Na) = 496 kJ
Cl(g) + e g Cl-(g) ∆H = EA(Cl) = -349 kJ
Na+(g) +  Cl-(g) g NaCl(s) ∆H =  - ∆Hlattice

Na(s) + ½  Cl2(g) g NaCl(s)      ∆Ho
f [NaCl(s)] = -411kJ

Therefore, we have:
∆Ho

f (NaCl(s)) = ∆Ho
f[Na(g)] + ∆Ho

f[Cl(g)] +I1(Na) + EA(CI) - ∆Hlattice

27

The result of the five-step pathway is 
formation of NaCl(s) from Na(s) and ½ Cl2
(g). Thus, from Hess’s law we know that 
the sum of the enthalpy changes for the 
five steps equals the enthalpy change for 
the direct reaction:

∆Ho
f (NaCl(s)) = ∆Ho

f[Na(g)] + ∆Ho
f[Cl(g)] +I1(Na) + EA(CI) -

∆Hlattice
-411 kJ = 108 kJ + 122 kJ + 496 kJ - 349 kJ - ∆Hlattice

Solving for ∆Hlattice , the lattice energy of 
NaCl is + 788 kJ

28
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Born–Haber cycle for formation of NaCl(s)

Born-Haber Cycle For CaCl2
Ca(s) → Ca(g) ΔHf°(Ca(g)) =178 kJ/mol
Ca(g) → Ca+(g) + e- ΔHIE1°= 590 kJ/mol
Ca+(g)→ Ca2+(g) + e- ΔHIE2°= 1145 kJ/mol
Cl2(g) → 2Cl(g) 2*Δ Hf°(Cl(g))= 2*121 kJ/mol
2Cl(g) + 2e-→ 2Cl-(g) 2*ΔH°= EA(Cl) = 2*-364 kJ/mol 
Ca2+ (g) + 2Cl-(g) → CaCl2(s) ΔH= -ΔHLE = ?

Ca(s) + Cl2(g) → CaCl2(s) ΔHf° (CaCl2(s))= -796kJ/mol
Δ Hf° (CaCl2(s))= ΔHf°(Ca(g)) + ΔHIE1° + ΔHIE2° + 2*ΔH°(EA(Cl)) - ΔHLE

-796 = 178+590+1145+2*121+2*(-364) - ΔHLE

ΔHLE = +2223 kJ/mol

30

31

Born-Haber Cycle for MgO
Mg(s) → Mg(g) ΔHf°(Mg(g)) =148 kJ/mol
Mg(g) → Mg+(g) + e- ΔHIE1°= 738 kJ/mol
Mg+(g)→ Mg2+(g) + e- ΔHIE2°= 1451 kJ/mol
½ O2(g) → O(g) Δ Hf°(O(g)) = 249 kJ/mol
O(g) + e-→ O-(g) ΔH1°= 1st EA(O) = -141 kJ/mol
O-(g) + e-→ O2-(g) ΔH2°= 2nd EA(O) = +798kJ/mol
Mg2+ (g) + O2-(g) → MgO(s) ΔH = -ΔHLE = ?

Mg(s) + ½ O2(g) → MgO(s) Δ Hf° (MgO(s))= -602kJ/mol

ΔHf°(MgO(s))= ΔHf°(Mg(g))+ΔHIE1°+ΔHIE2°+ Δ Hf°(O(g)) +ΔH1°(1st EA(O))+ΔH2°(2nd EA(O))-ΔHLE

-602 = 148+738+1451+249+(-141) +798 - ΔHLE

ΔHLE = +3845 kJ/mol

32
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Enthalpy of formation of MgCl2
Mg(s)   +   Cl2(g) g MgCl2(s)

Enthalpy of formation of Mg(s)
Mg(s) g Mg(g)

2*Enthalpy of formation of Cl(g)
Cl2(g) g 2Cl(g)

1st Ionisation Energy of magnesium
Mg(g) g Mg+(g)   +   e¯

2nd Ionisation Energy of magnesium
Mg+(g) g Mg2+(g)   +   e¯

2*Electron Affinity of chlorine
2Cl(g)   +   2e¯   g 2Cl¯(g)

- Lattice Enthalpy of MgCl2
Mg2+(g)  +  2Cl¯(g) gMgCl2(s)

1

6
5

4

3

2
Mg(s)  + C l2(g)

MgCl2(s)

Mg(g)  + C l2(g)

Mg2+(g)  +  2Cl–(g)

7

Mg2+(g)  +  2Cl(g) 

Born-Haber Cycle for MgCl2

Transition-Metal Ions
Because ionization energies increase rapidly for each 

successive electron removed, the lattice energies of ionic 
compounds are generally large enough to compensate 
for the loss of up to only three electrons from atoms. 
Thus, we find cations with charges of 1+, 2+, or 3+ in 
ionic compounds. Most transition metals, however, have 
more than three electrons beyond a noble-gas core. 
Silver, for example, has a [Kr]4d105s1 electron 
configuration.

Metals of group 1B (Cu, Ag, Au) often occur as ions (as in 
CuBr and AgCl). In forming Ag+, the 5s electron is lost, 
leaving a completely filled 4d subshell. As in this 
example, transition metals generally do not form ions that 
have a noble-gas configuration. The octet rule, although 
useful, is clearly limited in scope.

35

Recall that when a positive ion forms from an atom, 
electrons are always lost first from the subshell 
having  the largest value of n. Thus, in forming ions, 
transition metals lose the valence-shell s electrons 
first, then as many d electrons as required to reach 
the charge of the ion. 

For instance, in forming Fe2+ from Fe, which has the 
electron configuration [Ar]3d64s2, the two 4s 
electrons are lost, leading to an [Ar]3d6

configuration. Removal of an additional electron 
gives Fe3+, whose electron configuration is [Ar]3d5.

36
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Predict the ion generally formed by (a) Sr, (b) S, (c) Al (d) Zn.

In each case we can use the element’s position in the periodic 
table to predict whether the element forms a cation or an anion. 
We can then use its electron configuration to determine the 
most likely ion formed.

(a) Strontium is a metal in group 2A and therefore forms a cation. 
Its electron configuration is [Kr]5s2 , and so we expect that the 
two valence electrons can be lost easily to give a Sr2+ ion. 

(b) Sulfur is a nonmetal in group 6A and will thus tend to be found 
as an anion. Its electron configuration [Ne]3s23p4 is two 
electrons short of a noble-gas configuration. Thus, we expect 
that sulfur will form S2- ions. 

(c) Aluminum is a metal in group 3A. We therefore expect it to 
form Al3+ ions ([Ne] configuration).

(d) Zinc: [Ar]3d104s2. Therefore, it forms a divalent ion, Zn2+ 

[Ar]3d10 in violation to the octet rule.

37

COVALENT BONDING
The vast majority of chemical substances do not have the 

characteristics of ionic materials. Most of the substances with 
which we come into daily contact,  such as water, tend to be 
gases, liquids, or solids with low melting points. Many, such as 
gasoline, vaporize readily. Many are flexible in their solid forms,  
for example, plastic bags and paraffin.

For the very large class of substances that do not behave like 
ionic substances, we  need a different model for the bonding 
between atoms. Gilbert Newton Lewis reasoned that atoms  
might acquire a noble-gas electron configuration by sharing 
electrons with other atoms.

A chemical bond formed by sharing a pair of electrons is a 
covalent bond.

38

The hydrogen molecule, H2, provides the simplest example 
of a covalent bond. When two hydrogen atoms are close 
to each other, the two positively charged nuclei repel 
each other, the two negatively charged electrons repel 
each other, and the nuclei and electrons attract each 
other. Because the molecule is stable, we know that the 
attractive forces must overcome the repulsive ones. Let’s 
take a closer look at the attractive forces that hold this 
molecule together.

By using quantum mechanical methods analogous to those 
used for atoms , we can calculate the distribution of 
electron density in molecules. Such a calculation for H2
shows that the attractions between the nuclei and the 
electrons cause electron density to concentrate between 
the nuclei. As a result, the overall electrostatic 
interactions are attractive. Thus, the atoms in H2 are held 
together.

3940

(a) The attractions and 
repulsions among 
electrons and nuclei in 
the hydrogen molecule. 

(b) Electron distribution 
in the H

2
molecule.
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Lewis Structures
The formation of covalent bonds can be represented 

with Lewis symbols. The formation of the H2
molecule from two H atoms, for example, can be 
represented as:

In forming the covalent bond, each hydrogen atom acquires 
a second electron, achieving  the stable, two-electron, 
noble-gas electron configuration of helium.

Formation of a covalent bond between two Cl atoms to give 
a Cl2 molecule can be represented in a similar way:

41

By sharing the bonding electron pair, each 
chlorine atom has eight electrons (an octet) in 
its valence shell, thus achieving the noble-gas 
electron configuration of argon.

The structures shown here for H2 and Cl2 are 
called either Lewis structures or Lewis 
electron-dot structures. In writing Lewis 
structures, we usually show each shared 
electron pair as a line and any unshared 
electron pairs as dots. Written this way, the 
Lewis structures for H2 and Cl2 are:

42

For nonmetals, the number of valence electrons in a 
neutral atom is the same as the group number. 
Therefore,one might predict that 7A elements, such 
as F, would form one covalent bond to achieve an 
octet; 6A elements, such as O, would form two 
covalent bonds; 5A elements, such as N, would form 
three; and 4A elements, such as C, would form four. 
These predictions occur in many compounds, as in, 
for example, the compounds with hydrogen of the 
nonmetals of the second row of the periodic table:

43

1. Given the Lewis symbols for nitrogen and fluorine 
, predict the formula of the stable binary 
compound (a compound composed of two 
elements) formed when nitrogen reacts with 
fluorine and draw its Lewis structure.

We need to find a combination of the two elements 
that results in an octet of electrons around each 
atom. Nitrogen requires three additional electrons 
to complete its octet, and fluorine requires one. 
Sharing a pair of electrons between one N atom 
and one F atom will result in an octet of electrons 
for fluorine but not for nitrogen. We therefore need 
to figure out a way to get two more electrons for 
the N atom.

44
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Nitrogen must share a pair of electrons with three fluorine 
atoms to complete its octet. Thus, the binary compound 
these two elements form must be NF3

2. Compare the Lewis symbol for neon with the Lewis 
structure for methane,CH4. In what important way are the 
electron arrangements about neon and carbon are alike? 
In what important way are they different?

Answer: Both atoms have an octet of electrons. However, 
the electrons about neon are unshared electron pairs, 
whereas those about carbon are shared with four 
hydrogen atoms.

45

Multiple Bonds
A shared electron pair constitutes a single covalent bond, 

generally referred to simply as a single bond. In many 
molecules, atoms attain complete octets by sharing more 
than one pair of electrons. When two electron pairs are 
shared, two lines are drawn in the Lewis structure, 
representing a double bond.

In carbon dioxide, for example, bonding occurs between 
carbon, with four valence electrons, and oxygen, with six:

As the diagram shows, each oxygen atom acquires an octet 
by sharing two electron pairs with carbon. Carbon 
acquires an octet by sharing two electron pairs with each 
of the two oxygen atoms; each double bond involves four 
electrons.

46

A triple bond corresponds to the sharing of three pairs of 
electrons, such as in the N2 molecule:

Because each nitrogen atom has five valence electrons, 
three electron pairs must be shared to achieve the octet 
configuration. The properties of N2 are in complete 
accord with its Lewis structure. Nitrogen is a diatomic 
gas with exceptionally low reactivity that results from the 
very stable nitrogen–nitrogen bond.

Look also at oxygen:

47

The nitrogen atoms are separated by only 1.10 
Å. The short separation distance between 
the two N atoms is a result of the triple bond 
between the atoms. From studies of the 
structures of many different substances in 
which nitrogen atoms share one or two 
electron pairs, we have learned that the 
average distance between bonded nitrogen 
atoms varies with the number of shared 
electron pairs, also, as a general rule, the 
length of the bond between two atoms 
decreases as the number of shared electron 
pairs increases. 

48
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BOND POLARITY AND ELECTRONEGATIVITY

When two identical atoms bond, as in Cl2 or H2, the electron pairs 
must be shared equally. When two atoms from opposites sides 
of the periodic table bond, such as NaCl, there is relatively little 
sharing of electrons, which means that NaCl is best described 
as composed of Na+ and Cl- ions. The 3s electron of the Na 
atom is, in effect, transferred completely to chlorine.  The 
bonds that are found in most substances fall somewhere 
between these extremes.

Bond polarity is a measure of how equally or unequally the 
electrons in any covalent bond are shared. A  nonpolar 
covalent bond is one in which the electrons are shared equally, 
as in Cl2 and N2. In a polar covalent bond, one of the atoms 
exerts a greater attraction for the bonding electrons than the 
other. If the difference in relative ability to attract electrons is 
large enough, an ionic bond is formed.

50

Electronegativity

We use a quantity called electronegativity to estimate 
whether a given bond is nonpolar covalent, polar 
covalent, or ionic. Electronegativity is defined as the 
ability of an atom in a molecule to attract electrons 
to itself. The greater an atom’s electronegativity, the 
greater its ability to attract electrons to itself. 

The electronegativity of an atom in a molecule is 
related to the atom’s ionization energy and electron 
affinity, which are properties of isolated atoms. An 
atom with a high electron affinity and a high 
ionization energy attracts electrons from other 
atoms and resists having its electrons attracted 
away; it is highly electronegative.

51

Linus Pauling first proposed the concept of electronegativity in 
1932 as an explanation of the fact that the covalent bond 
between two different atoms (A–B) is stronger than would be 
expected by taking the average of the strengths of the A–A and 
B–B bonds. 

The difference in electronegativity between atoms A and B is 
given by:

XA-XB = (eV)–½ {Ed(AB) – [Ed(A-A) + Ed(B-B)]/2}1/2

The dissociation energies, Ed, of the A–B, A–A and B–B bonds are 
expressed in electronvolts, the factor (eV)–½  being included to 
ensure a dimensionless result.

To construct the scale, the electronegativity of H is taken as a 
reference and is given a value of 2.1.

For example, we can calculate the electronegativity difference 
between hydrogen and bromine in H-Br, where dissociation 
energies: H–Br, 3.79 eV; H–H, 4.52 eV; Br–Br, 2.00 eV to be 0.73. 
Since XH is taken as 2.1, then XBr should be 2.83.

With some exceptions (especially in the transition 
metals):

There is generally an increase in electronegativity from 
left to right across a period, that is, from the most 
metallic to the most nonmetallic elements. 

Electronegativity decreases with increasing atomic 
number in a group (i.e. down a group). 

This is what we expect because we know that 
ionization energies decrease with increasing atomic 
number in a group and electron affinities do not 
change very much.

You do not need to memorize electronegativity values. 
Instead, you should know the periodic trends so that 
you can predict which of two elements is more 
electronegative.

52
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Electronegativity and Bond 
Polarity

We can use the difference in electronegativity between 
two atoms to determine the polarity of the bond the 
atoms form. Consider these three fluorine-containing 
compounds:

In F2 the electrons are shared equally between the 
fluorine atoms and, thus, the covalent bond is 
nonpolar. A nonpolar covalent bond results when 
the electronegativities of the bonded atoms are 
equal.

56

In HF the fluorine atom has a greater electronegativity 
than the hydrogen atom, with the result that the 
electrons are shared unequally, the bond is polar. In 
general, a polar covalent bond results when the 
atoms differ in electronegativity. 

In HF the more electronegative fluorine atom attracts 
electron density away from the less electronegative 
hydrogen atom, leaving a partial positive charge on 
the hydrogen atom and a partial negative charge on 
the fluorine atom. We can represent this charge 
distribution as:

The (δ+ read “delta plus” 
and δ- “delta minus”) symbolize
the partial positive and negative charges, respectively.



24/02/1436

15

57

In LiF the electronegativity difference is very large, 
meaning that the electron density is shifted far 
toward F. The resultant bond is therefore most 
accurately described as ionic.

For the three species in our example, the calculated 
electron density distributions are shown below. You 
can see that in F2 the distribution is symmetrical, in 
HF the electron density is clearly shifted toward 
fluorine, and in LiF the shift is even greater.

These examples illustrate, therefore, that the greater 
the difference in electronegativity between two 
atoms, the more polar their bond is.

58

Computer calculated electron-density distribution 
on the surface of the F2, HF, and LiF molecules

59

1. In each case, which bond is more polar: (a) B-Cl or 
C-Cl, (b) P-Cl or P-F? Indicate in each case which 
atom has the partial negative charge. (Look at ∆EN)

a. Since Cl is common to the two compounds, and 
since B is left to carbon (less electronegative), the 
difference in electronegativity for B-Cl is more than 
in C-Cl, which makes B-Cl more polar. 
Since Cl is more electronegative than B, the Cl atom 
will attract electrons to its side more and will thus 
be partially negative.

b. P is common. Since F is more electronegative than 
Cl, P-F is more polar and F will be partially negative. 

60

Which of the following bonds is most polar: Se-
Br, Se-Cl, S-Br, or S-Cl? (Look at ∆EN)

S-Cl is more polar than S-Br since Br is less 
electronegative than Cl as it occurs below it 
in the periodic table. Se-Cl is more polar than 
Se-Br for the same reason. 

S-Cl>S-Br
Se-Cl>Se-Br
since Se occurs below S which means Se has a 

lower electronegativity than S.  Therefore, 
Se-Cl>S-Cl 
Therefore, Se-Cl bond is most polar of the four 

bonds.
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Differentiating Ionic and Covalent 
Bonding

Predicting the structures and properties of chemical 
compounds depends on understanding of covalent 
and ionic bonding. 

When covalent bonding is dominant, more often than 
not, we expect compounds to exist as molecules, 
having all the properties we associate with molecular 
substances, such as relatively low melting and 
boiling points and nonelectrolyte behavior when 
dissolved in water. 

When ionic bonding is dominant, we expect the 
compounds to be brittle, high-melting solids with 
extended lattice structures and exhibiting strong 
electrolyte behavior when dissolved in water.

62

There are, of course, exceptions to these general 
characterizations. however, the ability to quickly 
categorize the predominant bonding interactions in a 
substance as covalent or ionic imparts considerable 
insight into the properties of that substance. 

The question then becomes: what is the best way to 
recognize which type of bonding dominates. The 
simplest approach is to assume that the interaction 
between a metal and a nonmetal is ionic and that 
between two nonmetals is covalent. 

While this classification scheme is reasonably 
predictive, there are far too many exceptions to use 
it blindly.

Consult these rules:
1. If the electronegativity difference (usually called ΔEN) is 0.0, 

then the bond is nonpolar covalent.
2. If the ΔEN is between 0.0 and 1.5, the bond is considered polar 

covalent
3. If the ΔEN is greater than 2.0, then the bond is ionic. That, of 

course, leaves us with a problem. What about the gap between 
1.5 and 2.0? So, rule #4 is:

4. If the ΔEN is between 1.5 and 2.0 and if a metal is involved, then 
the bond is considered ionic. If only nonmetals are involved, 
the bond is considered polar covalent. 

5. . When the oxidation state of the metal is highly positive 
(roughly speaking, +4 or larger, usually a covalent bond is 
expected.

6364

Another example, tin is a metal and chlorine is a 
nonmetal, but SnCl4 is a molecular substance that 
exists as a colorless liquid at room temperature. It 
freezes at -33 oC and boils at 114 oC. Clearly this 
substance does not have the characteristics of an 
ionic substance.

A  better approach is to use the difference in 
electronegativity as the main criterion for 
determining whether ionic or covalent bonding will 
be dominant. This approach correctly predicts the 
bonding in SnCl4 to be polar covalent based on an 
electronegativity difference of 1.2 and at the same 
time correctly predicts the bonding in NaCl to be 
predominantly ionic based on an electronegativity 
difference of 2.1.
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Evaluating bonding based on electronegativity 
difference is thus a useful system, but it has one 
shortcoming. The electronegativity values listed do 
not take into account changes in bonding that 
accompany changes in the oxidation state of the 
metal. 

For example, the electronegativity difference between 
manganese and oxygen is 3.5-1.5=2.0 , which falls in 
the range where the bonding is normally considered 
ionic (the electronegativity difference for NaCl is 
(3.0-0.9= 2.1). Therefore, it is not surprising to learn 
that manganese(II) oxide, MnO, is a green solid that 
melts at 1842 °C and has the same crystal structure 
as NaCl. 

67

However, the bonding between manganese and oxygen 
is not always ionic. Manganese(VII) oxide, Mn2O7, is 
a green liquid that freezes at 5.9 oC, which indicates 
that covalent rather than ionic bonding dominates. 

The change in the oxidation state of manganese is 
responsible for the change in bonding. In general, as 
the oxidation state of a metal increases, so does the 
degree of covalent bonding. When the oxidation 
state of the metal is highly positive (roughly 
speaking, +4 or larger), we should expect significant 
covalency in the bonds it forms with nonmetals. 

Thus, with metals in high oxidation states we find 
molecular substances, such as Mn2O7, or polyatomic 
ions, such as MnO4

- and Cr2O7
2-, rather than ionic 

compounds. 

68

You have a yellow solid that melts at 41 oC and 
boils at 131 oC and a green solid that melts at 
2320 oC. If you are told that one of them is 
Cr2O3 and the other is OsO4, which one do 
you expect to be the yellow solid?

Most probably, OsO4 is the yellow one with the 
low melting and boiling point (covalent) 
since the bonding between Os and 4 
oxygens around it is largely covalent. This is 
because Os is unlikely to be present as Os8+.

On the other hand Cr2O3 has 2 Cr with each 
having a reasonable oxidation state of +3, 
leading to formation of the green high 
melting ionic compound.
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Dipole Moments
The difference in electronegativity between H and F 

leads to a polar covalent bond in the HF molecule. 
As a consequence, there is a concentration of 
negative charge on the more electronegative F atom, 
leaving the less electronegative H atom at the 
positive end of the molecule. 

A molecule such as HF, in which electrons are 
attracted more to one atom, is a polar molecule. 

We can indicate the polarity of the HF molecule in two 
ways:

70

In the notation on the right, the arrow denotes the shift in 
electron density toward the fluorine atom. The crossed 
end of the arrow can be thought of as a plus sign 
designating the positive end of the molecule.

Polarity helps determine many properties we observe at 
the macroscopic level in the laboratory and in everyday 
life. 

Polar molecules align themselves with respect to one 
another, with the negative end of one molecule and the 
positive end of another attracting each other. 

Polar molecules are likewise attracted to ions. The 
negative end of a polar molecule is attracted to a 
positive ion, and the positive end is attracted to a 
negative ion.

These interactions account for many properties of liquids, 
solids, and solutions.

7172
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How can we quantify the polarity of a bond? Whenever 
two electrical charges of equal magnitude but 
opposite sign are separated by a distance, a dipole 
is established.

The quantitative measure of the magnitude of a dipole 
is called its  dipole moment, denoted µ. If two equal 
and opposite charges Q+ and Q- are separated by a 
distance r, the magnitude of the dipole moment is 
the product:

µ = Qr

74

This expression tells us that dipole moment increases 
as the magnitude of Q increases and as r (bond 
length) increases. For a nonpolar molecule, such as 
F2, the dipole moment is zero because there is no 
charge separation (Q = 0).

Chlorine monofluoride, ClF, and iodine monofluoride, 
IF, are interhalogen compounds, compounds that 
contain bonds between different halogen elements. 
Which of these molecules has the larger dipole 
moment?

Both contain F, therefore, compare electronegativities 
of Cl and I. Cl is more electronegative than I, which 
suggests that IF is more polar, and thus partial 
charges at the two atoms increase, and thus µ
increases. Therefore IF has a larger dipole moment.

75

Dipole moments are usually reported in debyes (D), a 
unit that equals 3.34*10-30 coulomb-meters (C-m). For 
molecules, we usually measure charges in units of 
the electronic charge e,1.6*10-19 C , and distance in 
angstroms. This means we need to convert units 
whenever we want to report a dipole moment in 
debyes. Suppose that two charges Q+ and Q- (each 
equals e) are separated by 1.00 Å. The dipole 
moment produced is:

76

The bond length in the HCl molecule is 1.27 Å. 
Calculate the dipole moment, in debyes, that results 
if the charges on the H and Cl atoms are +1 and -1, 
respectively. 

The experimentally measured dipole moment of HCl(g) is 
1.08 D. What magnitude of charge, in units of e, on the H 
and Cl atoms leads to this dipole moment?
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The experimental dipole moment indicates that the 
charges in the HCl molecule is + 0.178 e.  Because the 
charges on the atoms are much less than a full electronic 
charge, the bond should be covalent. 

78

The dipole moment of chlorine monofluoride, ClF(g), is 
0.88 D. The bond length of the molecule is 1.63 Å. (a) 
Which atom is expected to have the partial negative 
charge? (b)What is the charge on that atom in units 
of e?

F is more electronegative than Cl, therefore F will have 
the partial negative charge.

Q = {0.88D * (3.34*10-30 C-m/D)/(1.63*10-10m) = 1.8*10-20 C
Q = 1.8*10-20 C/(1.6*10-19 C/1e) = 0.11e
Or:
Q = 1.8*10-20 C*(1e/1.6*10-19 C) = 0.11e
Therefore, the charge on F will be -0.11e

79

Let’s return to the LiF molecule. Under standard conditions, 
LiF exists as an ionic solid with an arrangement of atoms 
analogous to the sodium chloride structure. However, it 
is possible to generate LiF molecules by vaporizing the 
ionic solid at high temperature. The molecules have a 
dipole moment of 6.28 D and a bond distance of 1.53 Å. 
Calculate the charge on lithium and fluorine.

Q = {6.28D * (3.34*10-30 C-m/D)/(1.53*10-10m) = 1.37*10-18 C
Q = 1.8*10-20 C / (1.6*10-19 C/1e) = 0.857

From these values we could calculate the charge on lithium 
and fluorine to be 0.857+ and 0.857-, respectively. This 
bond is extremely polar, and the presence of such large 
charges strongly favors the formation of an extended 
ionic lattice in which each lithium ion is surrounded by 
fluoride ions and vice versa.

Estimate the percent ionic character of the 
bond in hydrogen fluoride provided that 
the bond length is 92pm and the dipole 
moment is 6.37*10-30 C-m.

Q = (µ/r) = {(6.37*10-30 C-m)/(92*10-12m)} = 
6.92*10-20 C

% ionic character = 6.92*10-20 C / (1.6*10-19 C) * 
100% = 43.2%

80
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Notice that as we proceed from HF to HI, the 
electronegativity difference decreases and the bond 
length increases. It is clear that the effect of 
electronegativity difference from HF to HI is more 
important.

82

DRAWING LEWIS STRUCTURES

Lewis structures can help us understand the bonding in many 
compounds and are frequently used when discussing the 
properties of molecules. To draw a Lewis structure, you should 
use the following procedure:

1. Sum the valence electrons from all atoms. (Use the periodic 
table to help you determine the number of valence electrons in 
each atom). 

A. For an anion, add one electron to the total for each negative 
charge.

B. For a cation, subtract one electron from the total for each 
positive charge. 

Do not worry about keeping track of which electrons come from 
which atoms. Only the total number is important.

84

2. Write the symbols for the atoms, show which atoms 
are attached to which, and connect them with single 
bonds to the central atom (a dash, representing two 
electrons). 

A. Chemical formulas are often written in the order in 
which the atoms are connected in the molecule or 
ion. The formula HCN, for example, tells you that the 
carbon atom is bonded to the H and to the N. 

B. In many polyatomic molecules and ions, the central 
atom is usually written first, as in and SF4. 

C. Remember that the central atom is generally less 
electronegative than the atoms surrounding it. 
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3. Complete the octets around all the atoms bonded to 
the central atom. Remember, however, that a 
hydrogen atom has only a single pair of electrons 
around it.

4. Place any leftover electrons on the central atom, 
even if doing so results in more than an octet of 
electrons around the  central atom.

5. If there are not enough electrons to give the central 
atom an octet, try multiple bonds. Use one or more 
of the unshared pairs of electrons on the atoms 
bonded to the central atom to form double or triple 
bonds.

6. Terminal halogens and hydrogen atoms usually form 
single bonds only.

86

Draw the Lewis structure for phosphorus trichloride, 
PCl3.

Following the procedure just described:
1. Sum the valence electrons: Phosphorus (group 5A) 

has five valence electrons, and each chlorine 
(group 7A) has seven. The total number of valence 
electrons is therefore 5 + (3 * 7) = 26

2.  Arrange the atoms to show which atom is 
connected to which, and we draw single bonds 
between them. 

88

3. Complete the octets on the 
atoms bonded to the central 
atom. Placing octets around 
each Cl atom accounts for 24 
electrons remember, each line 
in our structure represents two 
electrons):

4. Recalling that our total number of 
electrons is 26, we place the 
remaining two electrons on the 
central atom, completing the octet 
around it.

This results in Lewis structure with 
octets for all atoms
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a) How many valence electrons should appear in the 
Lewis structure for CH2Cl2? Answer 22e’s

b) Draw the Lewis structure.

3. Make octets to the atoms 
around carbon (12e), 
remembering that H takes 
only 2 (the bond drawn). No 
excess e’s to place on the 
central atom.

This results in Lewis structure 
with octets for all atoms

1. Electron sum = 4 + 2*1 + 2*7 
= 20

2. Carbon is the central atom, 
draw single bonds to 
terminal atoms (8e).

90

Draw the Lewis structure for HCN.

1. Number of e = 1 + 4 + 5 = 10
2. Draw single bonds from the central atom (4e) H-C-N
3. Distribute electrons on atoms

4. Electrons are over but central atom has only 4e not 
octet. Therefore, make double bonds by sharing 
two pairs of e from N to C.

This is the Lewis structure 

91

Draw the Lewis structure for NO+ ion.

1. No. of e = 5 + 6 -1 = 10
2. Draw a single bond to connect between the two 

atoms (2e): N-O
3. Make octets, the less electronegative last:

4. Make multiple bonds to make octets, draw e pairs 
from the more electronegative atom:

The Lewis structure is 
      

92

Draw the Lewis structure for C2H4.
1. No. of e = 2*4 +4*1 = 12
2. Draw  single bonds to connect 

between the atoms (10e):

3. Make octets, electron pair to either 
carbon since H is full:

4. Make multiple bonds to make 
octets:

The Lewis structure is 
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Draw the Lewis structure for 
the ion BrO3

-.

1. No of e = 1*7 + 3*6 + 1 = 26
2. Form single bonds from the 

central atom. The central 
atom is Br (6e).

3. Make octets, the central 
atom last (18e)

4. The two residual electrons 
are placed on Br.

5. All are octets, therefore, 
this is the Lewis structure.

94

Draw the Lewis structure 
for (a) ClO2

-, (b) PO4
3-.

For ClO2
-, No e = 20, 

making lines between 
the central atom (Cl) 
and O takes 4e. 
Completing octets of O 
takes extra 12e, leaving 
4e to be placed on Cl. 
This gives the Lewis 
structure:

For PO4
3-, No e = 32, 

making lines between 
the central atom (P) and 
O takes 8e. Completing 
octets of O takes extra 
24e, leaving no residual 
e to be placed on P. In 
addition, P has an octet 
configuration. Therefore, 
the Lewis structure is:

95
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Formal Charge and Alternative Lewis 
Structures

When we draw a Lewis structure, we are 
describing how the electrons are distributed 
in a molecule or polyatomic ion. In some 
instances we can draw more than one Lewis 
structure and have all of them obey the octet 
rule. 

All these structures can be thought of as 
contributing to the actual arrangement of the 
electrons in the molecule, but not all of them 
will contribute to the same extent. 

99

How do we decide which of several Lewis 
structures is the most important? One 
approach is to do some “bookkeeping” of 
the valence electrons to determine the  
formal charge of each atom in each Lewis 
structure. 

The formal charge of any atom in a molecule is 
the charge the atom would have if all the 
atoms in the molecule had the same 
electronegativity (that is, if each bonding 
electron pair in the molecule were shared 
equally between its two atoms).

100

To calculate the formal charge on any atom in 
a Lewis structure, we assign electrons to 
the atom as follows:

1. All unshared (nonbonding) electrons are 
assigned to the atom on which they are 
found.

2. For any bond, single, double, or triple, half 
of the bonding electrons are assigned to 
each atom sharing the bond.

The formal charge (FC) of each atom is calculated  by 
subtracting the number of electrons assigned to 
the atom from the number of valence electrons in 
the neutral atom.

FC = # of valence e’s - # of e’s assigned to atom
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Let’s practice by calculating the formal 
charges in the cyanide ion, CN- , which 
has the Lewis structure:

For the C atom, there are two nonbonding 
electrons and three electrons from the 
six in the triple bond (1/2*6=3) for a total 
of five. The number of valence electrons 
on a neutral C atom is four. Thus, the 
formal charge on C is 4-5 = -1 . 

For N, there are two nonbonding electrons 
and three electrons from the triple bond. 
Because the number of valence electrons 
on a neutral N atom is five, its formal 
charge is: 5-5 = 0

102

Notice that the sum of the formal charges 
equals the overall charge on the ion, -1. 
The formal charges on a neutral 
molecule must add to zero, whereas 
those on an ion add to give the charge 
on the ion.

If we can draw several Lewis structures 
for a molecule, the concept of formal 
charge can help us decide which is the 
most important, which we shall call the 
dominant Lewis structure. 

103

The Dominant Lewis Structure

As a general rule, when more than one Lewis 
structure is possible, we will use the 
following guidelines to choose the 
dominant one:

1. The dominant Lewis structure is generally 
the one in which the atoms bear formal 
charges closest to zero.

2. A Lewis structure in which any negative 
charges reside on the more electronegative 
atoms is generally more dominant than one 
that has negative charges on the less 
electronegative atoms.

104

One Lewis structure for CO2 , for instance, has 
two double bonds. However, we can also 
satisfy the octet rule by drawing a Lewis 
structure having one single bond and one 
triple bond. Calculating formal charges in 
these structures, we have:
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Thus, the first Lewis structure of CO2 is the 
dominant one because the atoms carry no 
formal charges and so satisfy the first 
guideline. The other Lewis structure shown 
(and the similar one that has a triple bond to 
the left O and a single bond to the right O) do 
contribute to the actual structure but to a 
much smaller extent.

Although the concept of formal charge helps 
us to arrange alternative Lewis structures in 
order of importance, it is important that you 
remember that formal charges do not 
represent real charges on atoms. These 
charges are just a bookkeeping convention.

106

Three possible Lewis structures for the thiocyanate 
ion, SCN- , are:

(a) Determine the formal charges in each structure. (b) 
Based on the formal charges, which Lewis 
structure is the dominant one?

The formal charges can be calculated as:

Applying the guidelines, the structure in the middle is 
the dominant one since it has the smallest formal 
charges and the negative charge resides on the 
most electronegative N atom.

107

The cyanate ion, NCO-, has three possible Lewis structures. (a) 
Draw these three structures and assign formal charges in 
each. (b) Which Lewis structure is dominant?

a. Possible Lewis structures are: 

b. The formal charges can be calculated as:

The one to the far right is the dominant Lewis structure since it 
has the smallest formal charges and the negative charge 
resides on the most electronegative atom (O).

Assume the following Lewis resonance 
structures for N3

-. Which do you think is the 
dominant structure?

Adjusting the formal charges:

It seems that the structure to the right is the 
preferred one.

108
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Draw Lewis structures for the following and decide 
which is the dominant structure:

HSO3
- (H is bonded to O)

The formal charges are written on atoms of some 
structures.

The middle structure with one double bond is 
preferred, since the negative charge is localized on 
the most electronegative atom.

109110

RESONANCE STRUCTURES
We sometimes encounter molecules and ions 

in which the experimentally determined 
arrangement of atoms is not adequately 
described by a single dominant Lewis 
structure.

Consider ozone, O3, which is a bent molecule 
with two equal bond lengths. Because each 
oxygen atom contributes 6 valence 
electrons, the ozone molecule has 18 valence 
electrons. This means the Lewis structure 
must have one single O-O bond and one 
double O=O bond to attain an octet about 
each atom.

111

However, this single structure cannot by itself be 
dominant because it requires that one bond be 
different from the other, contrary to the observed 
structure, we would expect the double bond to be 
shorter than the single bond. (In drawing the Lewis 
structure, however, we could just as easily have put 
the bond on the left.

There is no reason for one of these Lewis structures to 
be dominant because they are equally valid 
representations of the molecule. The placement of 
the atoms in these two alternative but completely 
equivalent Lewis structures is the same, but the 
placement of the electrons is different. Lewis 
structures of this sort are called resonance 
structures.

112

The actual arrangement of the electrons in molecules 
such as O3 must be considered as a blend of two 
Lewis structures.

The ozone molecule always has two equivalent bonds 
whose lengths are intermediate between the lengths 
of an oxygen–oxygen single bond and an oxygen–
oxygen double bond. 

Another way of looking at it is to say that the rules for 
drawing Lewis structures do not allow us to have a 
single dominant structure for the ozone molecule. 
For example, there are no rules for drawing half-
bonds. We can get around this limitation by drawing 
two equivalent Lewis structures that, when 
averaged, amount to something very much like what 
is observed experimentally.
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Describing a molecule as a blend of 

different resonance structures is 

similar to describing a paint color 

as a blend of primary colors. Green
paint is a blend of blue and yellow. 
We cannot describe green as a 

single primary color. 

The ozone molecule is a blend of
two resonance structures. We 
cannot describe the ozone

molecule in terms of a single Lewis 
structure.

114

As an additional example of resonance structures, consider the 
nitrate ion, NO3

- , for which three equivalent Lewis structures 
can be drawn.

In writing resonance structures, the same atoms must be bonded 
to each other in all structures, so that the only differences are 
in the arrangements of electrons. 

All three NO3
- Lewis structures are equally dominant and taken 

together adequately describe the ion, in which all three bond 
lengths are the same.

115

Which is predicted to have the shorter sulfur–oxygen bonds, SO3
or SO3

2-?
The Lewis structure for SO3 is: 

This is a resonance structure.

For SO3
2-, the Lewis structure is:

This means that SO3 should have a shorter bond length since a 
double bond is shorter.

116

Draw two equivalent resonance 
structures for the formate ion, HCO2

-.

The possible Lewis structures are:

It is obvious that these two structures are 
equivalent resonance structures
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Lewis Structures of Selected Compounds

117

Basic Concepts of Chemical  
Bonding (5)

Lecture 24

118

119

EXCEPTIONS TO THE OCTET RULE
The octet rule is so simple and useful in introducing 

the basic concepts of bonding that you might 
assume it is always obeyed. However, we noted its 
limitation in dealing with ionic compounds of the 
transition metals. The rule also fails in many 
situations involving covalent bonding. These 
exceptions to the octet rule are of three main types:

1. Molecules and polyatomic ions containing an odd 
number of electrons

2. Molecules and polyatomic ions in which an atom has 
less than an octet of valence electrons

3. Molecules and polyatomic ions in which an atom has 
more than an octet of valence electrons

120

Odd Number of Electrons
In the vast majority of molecules and polyatomic ions, 

the total number of valence electrons is even, and 
complete pairing of electrons occurs. However, in a 
few molecules and polyatomic ions, such as ClO2, 
NO, NO2, and O2

- , the number of valence electrons is 
odd. Complete pairing of these electrons is 
impossible, and an octet around each atom cannot 
be achieved. 

For example, NO contains 11 (5+6) valence electrons. 
The two most important Lewis structures for this 
molecule are:

The molecule to the left is the dominant form according to 
formal charges
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Less than an Octet of Valence Electrons

A second type of exception occurs when there 
are fewer than eight valence electrons 
around an atom in a molecule or polyatomic 
ion. This situation is also relatively rare (with 
the exception of hydrogen and helium as we 
have already discussed), most often 
encountered in compounds of boron and 
beryllium. 

As an example, let’s consider boron trifluoride, 
BF3. If we follow the first four steps of our 
procedure for drawing Lewis structures, we 
obtain the structure

122

which has only six electrons around 
the boron atom. The formal charge 
is zero on both B and F, and we 
could complete the octet around 
boron by forming a double bond. 
We get:

123

The formal charges tell us that this is an unfavorable 
situation. In each structure, the F atom involved in 
the double bond has a formal charge of  +1, while the 
less electronegative B atom has a formal charge of  -
1. Thus, the resonance structures containing a B=F 
double bond are less important than the one in 
which there are fewer than an octet of valence 
electrons around boron. We have also mentioned 
that a terminal halogen is usually singly bonded to 
the central atom.

124

We usually represent BF3 solely by the dominant  
structure, in which there are only six valence 
electrons around boron. 

The chemical behavior of BF3 is consistent with this 
representation. In particular, BF3 reacts energetically 
with molecules having an unshared pair of electrons 
that can be used to form a bond with boron, as, for 
example, the formation of the stable compound 
NH3BF3 , where boron has an octet of valence 
electrons.
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Draw Lewis structures for BeCl2 and decide which is 
the dominant structure:

Adjusting the octets gives:

Assigning formal charges to atoms:

The first structure should be the dominant one since the formal 
charges on all atoms are zeros and the other structures 
assign +ve FC to Cl and –ve FC to the less electronegative Be.

125126

More than an Octet of Valence Electrons

The third and largest class of exceptions consists of 
molecules or polyatomic ions in which there are 
more than eight electrons in the valence shell of an 
atom. When we draw the Lewis structure for, for 
example, PF5 we are forced to place ten electrons 
around the central phosphorus atom:

127

Molecules and ions with more than an octet of 
electrons around the central atom are often 
called hypervalent. 

Other examples of hypervalent species are SF4, 
AsF6

- ,I3- , IF2
-, ICl4- , and many others. 

The corresponding molecules with a second-
period atom as the central atom, such as 
NCl5 do not exist.
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Hypervalent molecules are formed only for 
central atoms from period 3 and below in the 
periodic table. The principal reason for their 
formation is the relatively larger size of the 
central atom. For example, a P atom is large 
enough that five F (or even five Cl) atoms can 
be bonded to it without being too crowded. 

By contrast, an N atom is too small to 
accommodate five atoms bonded to it. 
Because size is a factor, hypervalent 
molecules occur most often when the central 
atom is bonded to the smallest and most 
electronegative atoms (F, Cl, and O).

131

The concept of a valence shell containing more 
than an octet of electrons is also consistent 
with the presence of unfilled nd orbitals in 
atoms. By comparison, elements of the 
second period have only the 2s and 2p 
valence orbitals available for bonding. 
Therefore, an octet is not exceeded.

Detailed analyses of the bonding in molecules 
such as PF5 and SF6 suggest that the 
presence of unfilled 3d orbitals in P and S 
has a relatively minor impact on the 
formation of hypervalent molecules, and the 
general current belief is that the increased 
size of third-period atoms is the more 
important factor.

Which of the following compounds have a hypervalent central 
atom? 

I) SCl6
II) BF3
III) Br3

-

IV) CH3Cl 

1. III only 
2. II, IV 
3. II, III 
4. I, III 
5. I, II, III 
6. I, IV 
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Assume the following two Lewis structures for 
PBr3O. Which do you think is the dominant 
structure?

The one to the right is the preferred structure 
since the formal charges on all atoms are 
zeros. In the structure to the left, the formal 
charge on O is (-1) while that on P is (+1).

133

Draw the Lewis structure for ICl4-.

• No. of e = 1*7 + 4*7 +1 = 36
• I is the central atom.
• Draw single bonds to connect Cl atoms to central 

atom (8e)
• Make octets to Cl atoms (24e)
• 4 excess e to place on the I central atom
The Lewis structure is:

Notice that I has 12 valence
electrons, four more than
an octet. It is thus a hypervalent atom.
134

(a) Which of the following atoms is never found with more than an 
octet of valence electrons around it: S, C, P, Br? (b) Draw the 
Lewis structure for XeF2.

a. Carbon cannot have more than an octet (period 2 element).

b. No. of e = 8 +2*7 = 22
• Xe is the central atom.
• Draw single bonds to connect F atoms to central atom (4e)
• Make octets to terminal atoms (12e)
• 6 excess e’s to place on the Xe central atom

The Lewis structure is:

135

There are Lewis structures where you might have to 
choose between satisfying the octet rule and 
obtaining the most favorable formal charge. For 
example, consider these Lewis structures for the 
phosphate ion, PO4

3- :

Although multiple Lewis structures can contribute to 
the actual electron distribution molecule, we will 
assume that the one with a smaller formal charge is 
dominant.



24/02/1436

35

Draw Lewis structures for XeO3 and decide which is 
the dominant structure:

Octets are adjusted, however, can draw resonance 
structures to examine decreasing FC’s:

The formal charges suggest that the last one is the 
dominant structure.

137

Draw Lewis structures for H3PO4 (H is bonded to O) and 
decide which is the dominant structure:

The formal charges are written on 
atoms of some  structures.

The middle structure with one double bond is 
preferred, since the formal charges are 0 on all 
atoms.
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STRENGTHS OF COVALENT BONDS

The stability of a molecule is related to the strengths of 
its covalent bonds. The strength of a covalent bond 
between two atoms is determined by the energy 
required to break the bond. 

The bond enthalpy is the enthalpy change, ∆H , for the 
breaking of a particular bond in one mole of a 
gaseous substance. For example, the bond enthalpy 
for the bond in Cl2 is the enthalpy change when 1 
mol of Cl2(g) dissociates into chlorine atoms:
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We use the letter D followed by the bond in question to 
represent bond enthalpies. Thus, for example, D(Cl-
Cl) is the bond enthalpy for the bond in Cl2, and D(H-
Br) is the bond enthalpy for the HBr bond.

It is relatively simple to assign bond enthalpies to the 
bond in a diatomic molecule because in these cases 
the bond enthalpy is just the energy required to 
break the molecule into its atoms (enthalpy of 
atomization). However, many important bonds, such 
as the bond C-H, exist only in polyatomic molecules. 
For these bonds, we usually use average bond 
enthalpies.
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For example, the enthalpy change for the following process 
in which a methane molecule is decomposed into its five 
atoms (a process called  atomization) can be used to 
define an average bond enthalpy for the bond C-H, D(C-
H): Because there are four equivalent  C-H bonds in 
methane, the enthalpy of atomization is equal to the sum 
of the bond enthalpies of the four C-H bonds. 

∆Hatom = 4*D(C-H)

Therefore, the average C-H bond enthalpy for CH4 is: 
D(C-H) = (1660/4) kJ/mol  = 415 kJ/mol 
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The bond enthalpy for a given pair of atoms, 
say C-H, depends on the rest of the molecule 
containing the atom pair. 

However, the variation from one molecule to 
another is generally small, which supports 
the idea that bonding electron pairs are 
localized between atoms. 

If we consider bond enthalpies in many 
different compounds, we find that the 
average C-H bond enthalpy is 413 kJ/mol, 
close to the 415 kJ/mol we just calculated 
from CH4.

142

How can you use the enthalpy of atomization 
of the hydrocarbon ethane, C2H6(g) (∆Hatom = 
2826 kJ/mol), along with the value D(C-H) = 
413 kJ/mol  to estimate the value for D (C-C).

g 2C(g) + 6H(g)     ∆Hatom = 2826 kJ/mol

Knowing the enthalpy change for atomization of  
gaseous C2H6, and substituting for D (C-H) = 413 
kJ/mol, we can calculate the D (C-C) as:

∆Hatom = 6*D(C-H)  + 1* D(C-C) 
D(C-C) = ∆Hatom – 6*D(C-H)= 2826 - 6*413 = 348 kJ/mol
143

The bond enthalpy is always a positive quantity; since 
energy is always required to break chemical bonds.

Conversely, energy is always released when a bond 
forms between two gaseous atoms or molecular 
fragments. Remember that: 

1. The greater the bond enthalpy, the stronger the 
bond. 

2. A molecule with strong chemical bonds generally 
has less tendency to undergo a chemical change 
than does one with weak bonds. For example, N2, 

which has a very strong triple bond, is very 
unreactive, whereas hydrazine, N2H4, which has 
single bonds, is highly reactive.
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Based on bond enthalpies, which do you 
expect to be more reactive, oxygen, O2, or 
hydrogen peroxide, H2O2?

The weaker the bond (the smaller the bond 
enthalpy), the more reactive the compound 
is. Here, O2 has a double bond which is a 
strong bond, while H2O2 has single bonds 
which have lower strength and thus higher 
reactivity. 

Therefore, H2O2 should be more reactive than O2.

145146
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Bond Enthalpies and the Enthalpies of 
Reactions

We can use average bond enthalpies to estimate the 
enthalpies of reactions, in which bonds are broken and 
new bonds are formed. This procedure allows us to 
estimate quickly whether a given reaction will be 
endothermic (∆H>0) or exothermic (∆H<0) even if we do 
not know ∆Ho

f for all the species involved.

ΔHrxn = Σ(bond enthalpies of bonds broken) - Σ(bond enthalpies 
of bonds formed)

Our strategy for estimating reaction enthalpies is a 
straightforward application of Hess’s law. We use the fact 
that breaking bonds is always endothermic and forming 
bonds is always exothermic. 
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We therefore imagine that the reaction occurs in two 
steps:

1. We supply enough energy to break those bonds in 
the reactants that are not present in the products. 

2. We form the bonds in the products that were not 
present in the reactants.

Then use

ΔHrxn = Σ(bond enthalpies of bonds broken(+ve)) + 
Σ(bond enthalpies of bonds formed(-ve))
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Consider, for example, the gas-phase reaction between 
methane, CH4, and chlorine to produce methyl 
chloride, CH3Cl, and hydrogen chloride, HCl:

H-CH3(g) + Cl-Cl(g) g Cl-CH3(g) + H-Cl(g) ∆Hrxn = ?

ΔHrxn = Σ(bond enthalpies of bonds broken(+ve)) + Σ(bond 
enthalpies of bonds formed(-ve))

Bonds broken:1 mol C-H, 1 mol Cl-Cl
Bonds made: 1 mol C-Cl, 1 mol H-Cl

We first supply enough energy to break the C-H and Cl-
Cl bonds, which raises the enthalpy of the system 
(∆H>0) .
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We then form the C-Cl and H-Cl bonds, which release 
energy and lower the enthalpy of the system (∆H<0).

Then we estimate the enthalpy of the reaction:

∆Hrxn = [D(C¬H) + D (Cl¬Cl)] + [D(Cl¬Cl) + D (H¬Cl)]
∆Hrxn = (413 kJ + 242 kJ) + ((-328 kJ) + (-431 kJ)) = -104 kJ

The reaction is exothermic because the bonds in the 
products (especially the H-Cl bond) are stronger 
than the bonds in the reactants (especially the bond 
Cl¬Cl).
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We usually use bond enthalpies to estimate ∆Hrxn only 
if we do not have the needed ∆Ho

f values readily 
available. For the preceding reaction, we cannot 
calculate ∆Hrxn from ∆Ho

f  values and Hess’s law 
because ∆Ho

f  for CH4(g), CH3Cl(g) and H-Cl(g) are not 
given here. If we obtain these ∆Ho

f values from 
another source we use the equation:

∆Hrxn =Σ ∆Ho
f(products) -Σ ∆Ho

f(reactants)

We find that ∆Hrxn = 99.8 kJ for the previous reaction. 
Thus, the use of average bond enthalpies provides a 
reasonably accurate estimate of the actual reaction 
enthalpy change.
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Compute the average S-F bond energy in SF6. The 
values of standard enthalpy of formation of SF6(g), 
S(g), F(g) are, -1100, 275 and 80 kJ mol-1
respectively.

SF6(g)→S(g)+6F(g) ∆Hrxn = ∆Hatom= ??

∆Hrxn =Σ ∆Ho
f(products) -Σ ∆Ho

f(reactants)

∆Hrxn = ∆Hatom = {6∆Hf (F) + ∆Hf (S)} – {∆Hf (SF6)}

∆Hrxn = ∆Hatom = 6 x 80 + 275 - (-1100) = 1855 kJ

ΔH (S−F bond) = 1855/6 = 309.17 kJ/mol
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Use bond energies to find the ∆Ho for the reaction: 
H2(g) + Br2(g) → 2 HBr(g) 

The bond energies are:
Changes ∆Ho (kJ/mol)
H-H → H + H 436
Br-Br → Br + Br 193
2 H + 2 Br → 2 H-Br    2*(-366)= -732
Overall (add up)
H-H + Br-Br → 2 H-Br -103
ΔHrxn = Σ(bond enthalpies of bonds broken(+ve)) + 

Σ(bond enthalpies of bonds formed(-ve))

∆Ho = 436 + 193 + 2*(-366)    = -103 kJ/mol
156
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Estimate the enthalpy for the formation of water using bond 
enthalpies.

First write the balanced chemical equation and determine the 
number and type of bonds on each side of the arrow.

H2(g) + 1/2 O2(g) g H2O(g) 

First we need to draw the Lewis dot structures and determine 
which bonds are present in each molecule. Then remember 
to multiply the number of bonds in each molecule by the 
coefficient in front of the molecule.

Bonds broken : 1 H-H bond and 1/2 O=O bond
Bonds formed : 2 O-H bonds

ΔHrxn = Σ(bond enthalpies of bonds broken(+ve)) + 
Σ(bond enthalpies of bonds formed(-ve))
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Bond energies:

Broken:

H-H: 436 kJ/mol

O=O: 495 kJ/mol

Formed
2O-H: 2*(-463) kJ/mol

∆Hrxn = {436 kJ/mol + 1/2 (495 kJ/mol)} +{2(-463 kJ/mol)} = -243 
kJ/mol

If we measure the enthalpy of the formation of water in 
a calorimeter we obtain –242 kJ/mol, so we see that 
we can get a pretty good estimate of the enthalpy of 
a reaction by using the bond enthalpy approach. 
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Estimate ∆H for the reaction:

In the reactants, we must break six C-H bonds and one 
C-C bond in the two molecules of C2H6 and 3.5 O=O 
bonds in O2. In the products, we form eight bonds 
(two in each CO2) and six bonds (two in each H2O).

ΔHrxn = Σ(bond enthalpies of bonds broken(+ve)) + Σ(bond 
enthalpies of bonds formed(-ve))

∆Hrxn= [6D (C¬H) + 1D (C¬C) + 7/2D (O2)] + [4D (C=O) + 
6D (O¬H)]

 ∆Hrxn = [6(413 kJ) + 1*(348 kJ) + 7/2(495 kJ)] + [4(-799 
kJ) + 6(-463 kJ)] = 4558.5 kJ -5974kJ = - 1416 kJ 
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In the reactants, we must break 5 bonds in the N2H4 
molecule (4 N-H and 1 N-N). In the products, we form 
3 bonds (one in each H2) and a triple bond in N2.

ΔHrxn = Σ(bond enthalpies of bonds broken(+ve)) + 
Σ(bond enthalpies of bonds formed(-ve))

Using data from Table, we have
∆Hrxn = [4∆ (N¬H) + 1∆ (N¬N)] + [∆(N=N) + 2∆ (H¬H)]
∆Hrxn = [4(391) + 1(163)] + {[1(-941)] + [2(-436)]} = -86 kJ
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Bond Enthalpy and Bond Length
Of particular interest is the relationship, in any 

atom pair, among bond enthalpy, bond 
length, and number of bonds between the 
atoms. For example, we can use data in 
Tables to compare the bond lengths and 
bond enthalpies of carbon–carbon single, 
double, and triple bonds:
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As the number of bonds between the carbon atoms 
increases, the bond length decreases and the bond 
strength and bond enthalpy increases. That is, as the 
number of bonds between two atoms increases, the bond 
grows shorter and stronger. 

We can assess the strength and length of the bond by 
assigning the number of electron pairs between two 
atoms. It is a straight forward procedure for diatomic 
molecules, like: 
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However, in polyatomic molecules that have resonance 
structures with multiple bonds, an average number 
of electron pairs can be assigned for a bond between 
two atoms, for example:

O==O bond in ozone is stronger and shorter than O---O  
in, for example, H2O2.

Also each N==O in NO3
- is stronger and shorter than N-

--O single bond containing compounds  
163

Draw Lewis structures that obey the octet rule for : 
SO2, SO3, and SO3

2-. Arrange these molecules in 
terms of increasing S-O bong strength.

SO3
2- has all single bonds which are longer and weaker 

than double bonds. SO3 has two singles one double 
resonance structures (electron pairs = 1.3), while 
SO2 has one single one double (electron pairs = 1.5). 
This makes the bond strength in SO2 > SO3 > SO3

2-. 
164
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Draw Lewis structures that obey the octet rule for : 
SO2, SO3, and SO3

2-. Arrange these molecules in 
terms of increasing S-O bong length.

SO3
2- has all single bonds which are longer than double 

bonds. SO3 has two singles one double resonance 
structures, while SO2 has one single one double. 
This makes the bond length in SO2 < SO3 < SO3

2-. 
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