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FC = number valence e™ in free atom — (10.16)

number lone-pair e” — % number bond-pair e~

Now, let us assign formal charges to the atoms in structure (10.15), proceed-
ing from left to right.

tO= FC = 6 valencee™ in O — 2 lone-paire™ —% (6 bond-paire™) =6 —2 — 3 = +1
=N— FC = 5valencee™ in N — 0 lone-pair e~ f% (8bond-paire™) =5—-0—4=+1

—E): FC = 6 valencee™ in O — 6 lone-pair e~ —% (2bond-paire”) =6 -6 —1=—1

Formal charges in a Lewis structure can be shown by using small numbers.

+
+1 +l -1
:O=N—0: (10.17)

The following are general rules that can help to determine the plausibility
of a Lewis structure based on its formal charges.

* The sum of the formal charges in a Lewis structure must equal zero for a
neutral molecule and must equal the magnitude of the charge for a poly-
atomic ion. [Thus for structure (10.17), thissumis +1 + 1 —1 = +1.]

* Where formal charges are required, they should be as small as possible. < We will see some
exceptions to the idea that
formal charges should be

. . . kept to a minimum in
¢ Structures having formal charges of the same sign on adjacent atoms are  Section 10-6.

unlikely.

* Negative formal charges usually appear on the most electronegative
atoms; positive formal charges, on the least electronegative atoms.

Lewis structure (10.17) conforms to the first two rules, but is not in good
accordance with the third rule. Despite the fact that O is the most electronega-
tive element in the structure, one of the O atoms has a positive formal charge.
The greatest failing, though, is in the fourth rule. Both the O atom on the left
and the N atom adjacent to it have positive formal charges. Structure (10.17)
is not the most satisfactory Lewis structure. By contrast, the Lewis structure
of NO, " derived in Example 10-7 has only one formal charge, +1, on the central
N atom. It conforms to the rules completely and is the most satisfactory Lewis
structure.

NI RE  Using Formal Charges in Writing Lewis Structures

Write the most plausible Lewis structure of nitrosyl chloride, NOCI, one of the oxidizing agents present
in aqua regia, a mixture of concentrated nitric and hydrochloric acids capable of dissolving gold.

Analyze
Although the formula is written as NOCI, we can reject the skeletal structure N—O-—Cl because it
places the most electronegative atom as the central atom. (We are asked to consider N—O—Cl in
Practice Example A.) Having ruled out N—O—Cl as a possible skeletal structure, we are left with the
following as possibilities:

O—Cl—Nand O—N—Cl

(continued)
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To determine the best structure, we must first complete the skeletal structures and then assign formal
charges. The best structure will have the fewest and smallest formal charges.

Solve

Regardless of the skeletal structure chosen, the number of valence electrons (dots) and bonds that must
appear in the final Lewis structure is

5from N + 6 from O + 7 from Cl = 18

When we apply the four steps listed below to the two possible skeletal structures, we obtain a total of
four Lewis structures—two for each skeletal structure. This doubling occurs because in step 4, there are
two ways to complete the octets of the central atoms. The final Lewis structures obtained are labeled (a,),

(az)/ (bl)l and (bz).
(@) ®)
O—Cl—N 1. Assign four electrons. 0O—N—Cl
:§—Cl—i\:12 2. Assign twelve more electrons. :§—N— Cl
O_CI—N 3. Assign the last two electrons. O—N— Cl :

4. Complete the octet on the central atom.
(ay) (ay) (b)) (by)
:0=C—N:  :0—C=N: :0=N—C: :0—N=C

Evaluate formal charges by using equation (10.16). In structure (a,),

for the N atom,
FC:5—6—%(2):—2
for the O atom,
FC:6—4—%(4):0
for the Cl atom,

FC:7—2—%(6):+2

Proceed in a similar manner for the other three structures. Summarize the formal charges for the four

structures.
(@) (a,) (b, (b,
N: -2 -1 0 0
O: 0 -1 0 -1
Cl: +2 +2 0 +1

Select the best Lewis structure in terms of the formal-charge rules. First, note that all four structures
obey the requirement that formal charges of a neutral molecule add up to zero. In structure (a,), the for-
mal charges are large (42 on Cl and —2 on N) and the negative formal charge is not on the most electro-
negative atom. Structure (a,) has formal charges on all atoms, one of them large (42 on Cl). Structure (b,)
is the ideal we seek—no formal charges. In structure (b,), we again have formal charges. The best Lewis
structure of nitrosyl chloride is

:0=N—Cl:
Assess
Based on structure (b;), ONCl is a better way to write the formula of nitrosyl chloride.

PRACTICE EXAMPLE A: Write a Lewis structure for nitrosyl chloride based on the skeletal structure
N—O—C], and show that this structure is not as plausible as the one obtained in Example 10-8.

PRACTICE EXAMPLE B: Write two Lewis structures for cyanamide, NH,CN, an important chemical of the
fertilizer and plastics industries. Use the formal charge concept to choose the more plausible structure.
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O\ 10-5 Concept Assessment

For molecules, the most satisfactory Lewis structure may have no formal
charges (FC = 0) in some cases and formal charges in others. For polyatomic
ions, minimally the most satisfactory Lewis structure has a formal charge on at
least one atom. Explain the basis of these observations.

10-1 ARE YOU WONDERING?

Do formal charges represent actual charges on
the atoms?

Formal charges are not actual charges, which can be seen from a compari-
son of the electrostatic potential map of the HCN molecule and the formal charges
derived from the Lewis structure.

Although the formal charges are all zero, the electrostatic potential map shows
that the H atom in the HCN molecule is slightly positive (blue) and that the nitro-
gen atom is slightly negative (red). In molecules, the true charges on atoms are
usually, but not always, between +1 and —1. For example, in the HCI molecule, the
charge on H is about +-0.17 and that on Cl is about —0.17. (See page 475.)

The method used for assigning formal charges is really just a form of “elec-
tron bookkeeping.” In this text, we have now discussed two different concepts—
oxidation states and formal charges—that are used for electron bookkeeping.
Oxidation states and formal charges are both very useful. They are compared in the

table below.

Interpretation Comments

Oxidation ~ The charge an atom ¢ The oxidation state concept tends

state would have if the to exaggerate the ionic character
bonding electrons of the bonding between atoms.
in each bond were * Oxidation states are used to
transferred to the more predict and rationalize chemical
electronegative atom. properties of compounds.

Formal The charge an atom e The formal charge concept tends

charge would have if the to exaggerate the covalent char-
bonding electrons in acter of the bonding between
each bond were divided atoms.
equally between the e Formal charges are used to assess
two atoms involved. which Lewis structure is the most

satisfactory representation of the
true structure.

For many molecules, the bonding is closer to being “pure covalent” than it is to
being “pure ionic” and so the formal charge on an atom is often—but not always—
numerically closer to the true charge. That’s why we focus on formal charges when
assessing the relative importance of different Lewis structures. That being said, it
is important to emphasize that chemists still question and debate whether it is true
that the best structure is the one having the fewest and smallest formal charges.

J
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10-5

Resonance

P Bond lengths are discussed
more fully in Section 10-8.

A Electrostatic potential
map of ozone

All the atoms in an ozone
molecule have the same
electronegativity and yet
the distribution of electron
density is nonuniform. The
reason will become apparent
when we describe in a more
sophisticated way the
bonding in this molecule.

735 515

SNSRI  Electrostatic

potential map of the
azide ion

The electrostatic potential
near the terminal N atoms

is more negative than it is

for the central N atom. This
observation indicates that the
central structure (at the bottom
of this page) is the most
important resonance structure
for the N3~ ion

735 kJ mol-!

The ideas presented in the previous section allow us to write many Lewis
structures, but some structures still present problems. We describe these prob-
lems in the next two sections.

Although we usually think of the formula of oxygen as O,, there are actu-
ally two different oxygen molecules. Familiar oxygen is dioxygen, O,; the other
molecule is trioxygen—ozone, O;. The term used to describe the existence of
two or more forms of an element that differ in their bonding and molecu-
lar structure is allotropy—O, and O, are allotropes of oxygen. Ozone is found
naturally in the stratosphere and is also produced in the lower atmosphere as
a constituent of smog.

When we apply the usual rules for Lewis structures for ozone, we come up
with these two possibilities.

=0—0: :0—0=0:
+1 -1 -1 +1 0

OO:

Each structure suggests that one oxygen-to-oxygen bond is single and the
other is double. Yet experimental evidence indicates that the two oxygen-to-
oxygen bonds are the same; each has a length of 127.8 pm. This bond length
is shorter than the O—O single-bond length of 147.5 pm in hydrogen perox-
ide, H— O O H, but it is longer than the double-bond length of 120.74 pm
in diatomic oxygen, :0=0:. The bonds in ozone are intermediate between a
single and a double bond. The difficulty is resolved if we say that the true
Lewis structure of Oy is neither of the previously proposed structures but a
composite, or hybrid, of the two, a fact that we can represent as

Lone pair Bond pair
becomes a becomes a
bond pair. lone pair.

(10.18)

The situation in which two or more plausible Lewis structures contribute
to the “correct” structure is called resonance. The true structure is a resonance
hybrid of plausible contributing structures. Acceptable contributing structures
to a resonance hybrid must all have the same skeletal structure (the atomic
positions cannot change); they can differ only in how electrons are distrib-
uted within the structure. In expression (10.18), the two contributing struc-
tures are joined by a double-headed arrow. The arrow does not mean that the
molecule has one structure part of the time and the other structure the rest
of the time. It has the same structure all the time. By averaging the single bond
in one structure with the double bond in the other, we might say that the
oxygen-to-oxygen bonds in ozone are halfway between a single and double
bond, that is, 1.5 bonds. The fact that the electrons in ozone are distributed
over the whole molecule so as to produce two equivalent bonds is readily
seen in the electrostatic potential map of ozone, shown in the margin.

The two resonance structures in expression (10.18) are equivalent; that is,
they contribute equally to the structure of the resonance hybrid. In many
cases, several contributing resonance structures do not contribute equally. For
example, consider the azide anion, N,~, for which three resonance structures

are given below.
[ K==k | > [sn=n—]

[:ﬁ—NEN:T —

2 +1 0 -1 +1 -1 0o +1 =2
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We can decide which resonance structure likely contributes most to the hybrid
by applying the general rules for formal charges (page 457). The central res-
onance structure avoids the unlikely large formal charge of —2 found on an
N atom in the other two structures. Consequently, we expect that the structure

N —N—N contributes most to the resonance hybrid of the azide anion.
This choice is 'supported by the electrostatic potential map shown in Figure 10-9.

D\ LNNEE Representing the Lewis Structure of a Resonance Hybrid

Write the Lewis structure of the acetate ion, CH,COO™.

Analyze
A key concept is that resonance structures differ only in how electrons are distributed within the struc-
ture. We cannot change the positions of the atoms. First, we draw a skeletal structure (see the electrostatic
potential map below), and then we complete it by using the strategy we’ve used previously. Finally, we
generate additional structures (resonance structures) by moving electron pairs.

Solve
The skeletal structure has the three H atoms as terminal atoms bonded to a C atom as a central atom. The
second C atom is also a central atom bonded to the first. The two O atoms are terminal atoms bonded to
the second C atom.

H O
H_(|:_C_O
H

The number of valence electrons (dots) that must appear in the Lewis structure is

BXD+2x4)+Q2x6)+1=3+8+12+1=24

FromH  FromC FromO  To establish charge of 1—

Twelve of the valence electrons are used in the bonds in the skeletal structure, and the remaining twelve
are distributed as lone-pair electrons on the two O atoms.

In completing the octet of the C atom on the right, we discover that we can write two completely equiva-
lent Lewis structures, depending on which of the two O atoms furnishes the lone pair of electrons to
form a carbon-to-oxygen double bond. The true Lewis structure is a resonance hybrid of the following
two contributing structures.

H :0: H 5
A ||,
H—C—C—0:| «— |H—C—C=0 (10.19)

LV L \J
H H
Assess
Even though the formal process of converting one resonance structure to
another moves electrons, resonance is not meant to indicate the motion of

electrons. The acetate anion has a structure that is a composite of the two
resonance forms that we have constructed. A Acetate anion

PRACTICE EXAMPLE A: Draw Lewis structures to represent the resonance hybrid for the SO, molecule.

PRACTICE EXAMPLE B: Draw Lewis structures to represent the resonance hybrid for the nitrate ion.
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O\ 10-6 Concept Assessment

Is resonance possible in the acetic acid (CH;CO,H) molecule? Explain.

Exceptions to the Octet Rule

» Experimental evidence for
the paramagnetism of O, is
shown in Figure 10-3.

The octet rule has been our mainstay in writing Lewis structures, and it will
continue to be one. Yet at times, we must depart from the octet rule, as we will
see in this section.

Odd-Electron Species

The molecule NO has 11 valence electrons, an odd number. If the number of
valence electrons in a Lewis structure is odd, there must be an unpaired elec-
tron somewhere in the structure. Lewis theory deals with electron pairs and
does not tell us where to put the unpaired electron; it could be on either the N
or the O atom. To obtain a structure free of formal charges, however, we will
put the unpaired electron on the N atom.

‘N=0:

The presence of unpaired electrons causes odd-electron species to be para-
magnetic. NO is paramagnetic. Molecules with an even number of electrons
are expected to have all electrons paired and to be diamagnetic. An impor-
tant exception is seen in the case of O,, which is paramagnetic despite having
12 valence electrons. Lewis theory does not provide a good electronic struc-
ture for O,, but the molecular orbital theory that we will consider in the next
chapter is much more successful.

The number of stable odd-electron molecules is quite limited. More com-
mon are free radicals, or simply radicals, highly reactive molecular fragments
with one or more unpaired electrons. The formulas of free radicals are usually
written with a dot to emphasize the presence of an unpaired electron, such as
in the methyl radical, - CH,, and the hydroxyl radical, - OH. The Lewis struc-
tures of these two free radicals are

H

H—C—H -0—H

Both of these free radicals are commonly encountered as transitory species
in flames. In addition, - OH is formed in the atmosphere in trace amounts as a
result of photochemical reactions.

“‘OH + CO —— CO, + *H

Many important atmospheric reactions involve free radicals as reactants,
such as in the above oxidation of CO to CO,. Free radicals, because of their
unpaired electron, are highly reactive species. The hydroxyl radical, for exam-
ple, is implicated in DNA damage that can lead to cancer.

Incomplete Octets

Our initial attempt to write the Lewis structure of boron trifluoride leads to
a structure in which the B atom has only six electrons in its valence shell—an
incomplete octet.

| F: (10.20)

:F—B—
:F:
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