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1.OOK AHEAD

Our study of chemical bonds begins with an introduction to Lewis dot symbols, which
shows the valence electrons on an atom. (9.1)

We then study the formation of ionic bonds and learn the determination of lattice energy,
which is a measure of the stability of ionic compounds. (9.2 and 9.3)

Next, we turn our attention to the formation of covalent bonds. We learn to write Lewis
structures, which are governed by the octet rule. (9.4)

We see that electronegativity is an important concept in understanding the properties of
molecules. (9.5)

We continue to practice writing Lewis structures for molecules and ions and use formal
charges to study the distribution of electrons in these species. (9.6 and 9.7)

We learn further aspects of writing Lewis structures in terms of resonance structures,
which are alternate Lewis structures to represent a molecule. We also see that there are
important exceptions to the octet rule. (9.8 and 9.9)

The chapter ends with an examination of the strength of covalent bonds, which leads to
the use of bond enthalpies to determine the enthalpy of a reaction. (9.10)

y do atoms of different elements react? What are the forces that hold atoms together
in molecules and ions in ionic compounds? What shapes do they assume? These are
somie of the questions addressed in this chapter and in Chapter 10. We begin by looking at the
wu types of bonds—ionic and covalent—and the forces that stabilize them.

a

3 Interactive

Activity Summary

. Interactivity: lonic Bonds (9.2)
. Interactivity: Born-Haber Cycle

for Lithium Fluoride (9.3)

. Animation: lonic vs. Covalent

Bonding (9.4)

. Interactivity: Covalent Bonds

©.4)

. Interactivity: Lewis Dot Structure

9.6)

6. Interactivity: Resonance (9.8)
. Animation: Resonance (9.8)
8. Interactivity: Octet Rule

Exceptions (9.9)
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9.1 Lewis Dot Symbols

The development of the periodic table and concept of electron configuratioi
chemists a rationale for molecule and compound formation. This explanation, {¢
lated by Gilbert Lewis, is that atoms combine in order to achieve a more stabl¢
tron configuration. Maximum stability results when an atom is isoelectronic Wl
noble gas. |
When atoms interact to form a chemical bond, only their outer regions arc ||
tact. For this reason, when we study chemical bonding, we are concerned piii|
with the valence electrons of the atoms. To keep track of valence electrons in i ¢
ical reaction, and to make sure that the total number of electrons does not chi
chemists use a system of dots devised by Lewis and called Lewis dot symbal
Lewis dot symbol consists of the symbol of an element and one dot for each vl
electron in an atom of the element. Figure 9.1 shows the Lewis dot symbols )
representative elements and the noble gases. Note that, except for helium, the (§
ber of valence electrons each atom has is the same as the group number of th¢
ment. For example, Li is a Group 1A element and has one dot for one valence &
tron; Be, a Group 2A element, has two valence electrons (two dots); and s
Elements in the same group have similar outer electron configurations and hencu §
ilar Lewis dot symbols. The transition metals, lanthanides, and actinides all it
incompletely filled inner shells, and in general, we cannot write simple Lewix
symbols for them.

In this chapter we will learn to use electron configurations and the periodic {

to predict the type of bond atoms will form, as well as the number of bonds an (il
of a particular element can form and the stability of the product.

*Gilbert Newton Lewis (1875—1946). American chemist. Lewis made many importaqt contributions |
areas of chemical bonding, thermodynamics, acids and bases, and spectroscopy. Despite the signilii
of Lewis’s work, he was never awarded a Nobel Prize.
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Figure 9.1 Lewis dot symbols for the representative elements and the noble gases. The number of unpaired dots corresponds to tho
number of bonds an atom of the element can form in a compound.




The Ionic Bond

(‘hapter 8 we saw that atoms of elements with low ionization energies tend to form
lons, while those with high electron affinities tend to form anions. As a rule, the ele-
s most likely to form cations in ionic compounds are the alkali metals and alka-
¢ carth metals, and the elements most likely to form anions are the halogens and oxy-
ii. Consequently, a wide variety of ionic compounds combine a Group 1A or Group
metal with a halogen or oxygen. An ionic bond is the electrostatic force that holds
I8 together in an ionic compound. Consider, for example, the reaction between lithium
)l Hluorine to form lithium fluoride, a poisonous white powder used in lowering the
lling point of solders and in manufacturing ceramics. The electron configuration of
hium is 1s22s1, and that of fluorine is 1s22s22p5. When lithium and fluorine atoms
flie in contact with each other, the outer 2s' valence electron of lithium is transferred
{lic fluorine atom. Using Lewis dot symbols, we represent the reaction like this:

ymbols, A
*h valene
Jls for th
the nuny
of the cle¢
ence elcg
nd so on,
1ence siny
s all hav¢
Lewis dul

‘Li + :F- —>Li* :F:" (orLiF)

g ©.1)
1s22s'  15%25%2p° 15 1s%2572p°

' convenience, imagine that this reaction occurs in separate steps—first the ion-
llion of Li:

» 4 —_—
iodic table Li—sLi" + e

Is an atolg I} then the acceptance of an electron by F:

F +e_—;::F:‘:_

utions in |i¢

¢Xt, imagine the two separate ions joining to form a LiF unit:
: significancy

Li++::1-“£:‘——>Li+::I-“E:‘

ole that the sum of these three equations is

18 ‘Li+:F- — Li":F:”

8A - . .o
17 | He which is the same as Equation (9.1). The ionic bond in LiF is the electrostatic attrac-
1A {lon between the positively charged lithium ion and the negatively charged fluoride
Feolone im. The compound itself is electrically neutral.
a8 o0 Many other common reactions lead to the formation of ionic bonds. For instance,
R0 XT filcium burns in oxygen to form calcium oxide:

* | «Ar,

2Ca(s) + Oy(g) — 2CaO0(s)

Assuming that the diatomic O, molecule first splits into separate oxygen atoms (we
will look at the energetics of this step later), we can represent the reaction with Lewis

oK ol e X yymbols:
At | :Rn: Ca- + O —> Ca?* :0:%"
' [Ar)4s®  15%25%2p* [Ar]  [Ne]
There is a transfer of two electrons from the calcium atom to the oxygen atom. Note
is to the that the resulting calcium ion (Ca**) has the argon electron configuration, the oxide

fon (O%7) is isoelectronic with neon, and the compound (CaO) is electrically neutral.
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.‘ Interactivity:
5 lonic Bonds
@ ARIS, Interactives

Lithium fluoride. Industrially, LiF (like most
other ionic compounds) is obtained b
purifying minerals containing the
compound.

We normally write the empirical formulas
of ionic compounds without showing the
charges. The + and — are shown here to
emphasize the transfer of electrons.
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The mineral corundum (Al,05).

In many cases, the cation and the anion in a compound do not carry (he¢
charges. For instance, when lithium burns in air to form lithium oxide (Li,0), tli
anced equation is

4Li(s) + O,(g) — 2Li,O(s)

Using Lewis dot symbols, we write

2-Li + 0. —2Li* :0:> (orLi,0)

1s22s'  1s%2s%2p* [He] [Nel
In this process, the oxygen atom receives two electrons (one from each of tl¢
lithium atoms) to form the oxide ion. The Li* ion is isoelectronic with heliun,

When magnesium reacts with nitrogen at elevated temperatures, a whilc #
compound, magnesium nitride (MgzN,), forms:

3Mg(s) + Nao(g) —> MgsNa(s)

or

3-Mg- + 2-N- — 3Mg>* 2:N:2" (or Mg;Ny)
[Nel3s>  1s%25%2p° [Ne] [Nel

The reaction involves the transfer of six electrons (two from each Mg atom) (o (§
nitrogen atoms. The resulting magnesium ion (Mg?*) and the nitride ion (N* )
both isoelectronic with neon. Because there are three +2 ions and two —3 iony,
charges balance and the compound is electrically neutral.

In Example 9.1, we apply the Lewis dot symbols to study the formation of
ionic compound.

Example 9.1

Use Lewis dot symbols to show the formation of aluminum oxide (Al,03).

Strategy We use electroneutrality as our guide in writing formulas for ionic compounl,
that is, the total positive charges on the cations must be equal to the total negative
charges on the anions.

Solution According to Figure 9.1, the Lewis dot symbols of Al and O are

Because aluminum tends to form the cation (A™) and oxygen the anion (0*) in
ionic compounds, the transfer of electrons is from Al to O. There are three valence
electrons in each Al atom; each O atom needs two electrons to form the 0>~ ion,
which is isoelectronic with neon. Thus, the simplest neutralizing ratio of A>* to 02

is 2:3; two AI** ions have a total charge of +6, and three O~ ions have a total charge
of —6. So the empirical formula of aluminum oxide is Al,O;, and the reaction is

2-AlF + 3-00 —> 2AP" 3:0:% (orALOy)
[Ne]3s23p! 1s%2s%2p* [Nel [Ne]

(Continucd)




*

.. the bul jeck Make sure that the number of valence electrons (24) is the same on both sides

(he equation. Are the subscripts in Al,O; reduced to the smallest possible whole
mbers?

ctice Exercise Use Lewis dot symbols to represent the formation of barium
ride.

) Lattice Energy of Ionic Compounds
f the twa
ium.

hite solid

vin predict which elements are likely to form ionic compounds based on ion-
{lon energy and electron affinity, but how do we evaluate the stability of an
{¢ compound? Ionization energy and electron affinity are defined for processes
wring in the gas phase, but at 1 atm and 25°C all ionic compounds are solids.
¢ solid state is a very different environment because each cation in a solid is
jiounded by a specific number of anions, and vice versa. Thus, the overall sta-
jity of a solid ionic compound depends on the interactions of all these ions and
| mcrely on the interaction of a single cation with a single anion. A quantita-
¢ measure of the stability of any ionic solid is its lattice energy, defined as the

uryy required to completely separate one mole of a solid ionic compound into

Neous ions.

n) to twi

N*7) are . . . .

ions, 1he he Born-Haber Cycle for Determining Lattice Energies

flice energy cannot be measured directly. However, if we know the structure and

Jmposition of an ionic compound, we can calculate the compound’s lattice energy
nsing Coulomb’s” law, which states that the potential energy (E) between two

s is directly proportional to the product of their charges and inversely propor-

unal to the distance of separation between them. For a single Li* ion and a sin-

lo I'" ion separated by distance r, the potential energy of the system is given by

« OrirOr
r
_ kQLi*QF

r

ion of

E

ipounds,
ve

9.2)

here Qp;+ and Qp- are the charges on the Li* and F~ ions and k is the propor-
iality constant, Because @y ;+ is positive and Qg- is negative, E is a negative quan-
{y. and the formation of an ionic bond from Li " and F~ is an exothermic process.
inscquently, energy must be supplied to reverse the process (in other words, the lat-
fe cnergy of LiF is positive), and so a bonded pair of Li * and F~ ions is more sta-
¢ than separate Li* and F~ ions.

We can also determine lattice energy indirectly, by assuming that the formation
| an ionic compound takes place in a series of steps. This procedure, known as the
wrn-Haber cycle, relates lattice energies of ionic compounds to ionization energies,
lectron affinities, and other atomic and molecular properties. It is based on Hess’s

{limrles Augustin de Coulomb (1736—1806). French physicist. Coulomb did research in electricity and

Al \ignetism and applied Newton’s inverse square law to electricity. He also invented a torsion balance.
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Similar problems: 9.17, 9.18.

Because energy = force x distance,
Coulomb’s law can also be stated as

Qui+ Qe
k
'2

where F is the force between the ions.

F=
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» Bom-Haber Cycle for Lithium
4 Fluoride
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The F atoms in a F, molecule are held
together by a covalent bond. The energy
required to break this bond is called the
bond enthalpy (Section 9.10).

law (see Section 6.6). Developed by Max Born! and Fritz Haber,} the Born |

cycle defines the various steps that precede the formation of an ionic solid. W¢'

illustrate its use to find the lattice energy of lithium fluoride.
Consider the reaction between lithium and fiuorine:

Li(s) + 3Fa(g) — LiF(s)

The standard enthalpy change for this reaction is —594.1 kJ/mol. (Because the ¥
tants and product are in their standard states, that is, at 1 atm, the enthalpy chati
also the standard enthalpy of formation for LiF.) Keeping in mind that the s
enthalpy changes for the steps is equal to the enthalpy change for the overall reie
(—594.1 kJ/mol), we can trace the formation of LiF from its elements througl)
separate steps. The process may not occur exactly this way, but this pathway cii
us to analyze the energy changes of ionic compound formation, with the applid
of Hess’s law.

1. Convert solid lithium to lithium vapor (the direct conversion of a solid to i
is called sublimation):

Li(s) — Li(g) AHE = 155.2 k)

The energy of sublimation for lithium is 155.2 kJ/mol.

2. Dissociate 3+ mole of F, gas into separate gaseous F atoms:
3Fa(g) —> F(g) AH3 = 753 kI

The energy needed to break the bonds in 1 mole of F, molecules is 150.6
Here we are breaking the bonds in half a mole of F,, so the enthalpy chany
150.6/2, or 75.3, kJ.

3. Ionize 1 mole of gaseous Li atoms (see Table 8.3):
Li(g) —> Li*(g) + e~ AH3 = 520 ki

This process corresponds to the first ionization of lithium.

4. Add 1 mole of electrons to 1 mole of gaseous F atoms. As discussed on page {
the energy change for this process is just the opposite of electron affinity {(§
Table 8.3):

F(g) te —F () AHG = —328 k)
5. Combine 1 mole of gaseous Li* and 1 mole of F~ to form 1 mole of solid 1,
Li*(g) + F~(g) — LiF(s) AHS #

The reverse of step 5,

energy + LiF(s) — Li"(g) + F ()

*Max Born (1882-1970). German physicist. Born was one of the founders of modern physics. His wi
covered a wide range of topics. He received the Nobel Prize in Physics in 1954 for his interpretation :
the wave function for particles.

$Fritz Haber (1868—1934). German chemist. Haber's process for synthesizing ammonia from atmosph¢
nitrogen kept Germany supplied with nitrates for explosives during World War I. He also did work on i
warfare. In 1918 Haber received the Nobel Prize in Chemistry.




irn-Haly Ines the lattice energy of LiF. Thus, the lattice energy must have the same magni-
. We wil @ us AHZ but an opposite sign. Although we cannot determine AHS directly, we
| calculate its value by the following procedure.

l. Li(s) —> Li(g) AHS = 155.2 kJ/mol
2. $F,(g) —> F(g) AHS = 75.3 kJ/mol
3. Li(g) —> Li*(g) + e~ AHS = 520 kJ/mol
the reuds 4, F(g) + ¢ —>F(g) AHS = —328 kJ/mol
changc | 5. Li*(g) + F~(g) —> LiF(s) AHS =7
Li(s) + 1F(g) — LiF(s) AHSyeran = —594.1 kJ/mol

veording to Hess’s law, we can write

AI'I?)verall = AH? + AH% + AH% + AH?t + AH%

. 594.1 kJ/mol = 155.2 kJ/mol + 75.3 kJ/mol + 520 kJ/mol — 328 kJ/mol + AH3
gnee
AHZ = —1017 kJ/mol

il the lattice energy of LiF is +1017 kJ/mol.

Figure 9.2 summarizes the Born-Haber cycle for LiF. Steps 1, 2, and 3 all require
jo input of energy. On the other hand, steps 4 and 5 release energy. Because AHS is
lirge negative quantity, the lattice energy of LiF is a large positive quantity, which
wounts for the stability of solid LiF. The greater the lattice energy, the more stable
jo ionic compound. Keep in mind that lattice energy is always a positive quantity
genuse the separation of ions in a solid into ions in the gas phase is, by Coulomb’s
{w, an endothermic process.

Table 9.1 lists the lattice energies and the melting points of several common ionic
ompounds. There is a rough correlation between lattice energy and melting point.
e larger the lattice energy, the more stable the solid and the more tightly held the
ons. It takes more energy to melt such a solid, and so the solid has a higher melting
pint than one with a smaller lattice energy. Note that MgCl,, Na,O, and MgO have

5.3 kJ/mal

150.6 k),
change I

520 kJ/mul

1 page 33},
ffinity (se¢

328 kJ/mol

o vt i B

| L@+F@ |

e A

f solid Lil’;

:

AHS =1
AH$=520K] AH$=-328K)

AHE=-1017k]

. Li(g)+F(g)
sics. His wark AH}=155.2 kJ1 W AH3=T531J
terpretation ol
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Figure 9.2 The Born-Haber
cycle for the formation of 1 mole
of solid LiF.
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Lattice Energies and Melting Points of Some Alkali Metal

e 0:1 and Alkaline Earth Metal Halides and Oxides
Compound Lattice Energy (kJ/mol) Melting Point ('C
LiF 1017 845
LiCl 328 610
LiBr 787 550
Lil 732 450
NaCl 788 801
NaBr 736 750
Nal 686 662
KCl1 699 772
KBr 689 735
KI 632 680
MgCl, 2527 714
Na,O 2570 Sub*
MgO 3890 2800

*Na,O sublimes at 1275°C.

unusually high lattice energies. The first of these ionic compounds has a doull
charged cation (Mg?") and the second a doubly charged anion (O%7); in the (hig
compound there is an interaction between two doubly charged species Mg il
0?"). The coulombic attractions between two doubly charged species, or betweui)
doubly charged ion and a singly charged ion, are much stronger than those betwd§
singly charged anions and cations.

Lattice Energy and the Formulas of Ionic Compounds

Because lattice energy is a measure of the stability of ionic compounds, its vali
can help us explain the formulas of these compounds. Consider magnesium chli}
ride as an example. We have seen that the ionization energy of an element increus
rapidly as successive electrons are removed from its atom. For example, the (i}
ionization energy of magnesium is 738 kJ/mol, and the second ionization energy
1450 kJ/mol, almost twice the first. We might ask why, from the standpoint
energy, magnesium does not prefer to form unipositive ions in its compounds. Wi
doesn’t magnesium chloride have the formula MgCl (containing the Mg™ ion) rathg
than MgCl, (containing the Mg>" ion)? Admittedly, the Mg®* ion has the noble g
configuration [Ne], which represents stability because of its completely filled shelli
But the stability gained through the filled shells does not, in fact, outweigh ili
energy input needed to remove an electron from the Mg" ion. The reason the fuf
mula is MgCl, lies in the extra stability gained by the formation of solid magn¢
sium chloride. The lattice energy of MgCl, is 2527 kJ/mol, which is more thull
enough to compensate for the energy needed to remove the first two electrons froij
a Mg atom (738 kJ/mol + 1450 kJ/mol = 2188 kJ/mol).
What about sodium chloride? Why is the formula for sodium chloride NaCl an
not NaCl, (containing the Na>* ion)? Although Na>* does not have the noble gas elce
tron configuration, we might expect the compound to be NaCl, because Na’* has ||
higher charge and therefore the hypothetical NaCl, should have a greater lattic¢
energy. Again the answer lies in the balance between energy input (that is, ionizatiol
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¢ are all familiar with sodium chloride as table salt. It is a
lypical ionic compound, a brittle solid with a high melting
il (801°C) that conducts electricity in the molten state and
Jiucous solution. The structure of solid NaCl is shown in
e 2.13.

(ne source of sodium chloride is rock salt, which is found
| sublerranean deposits often hundreds of meters thick. It is
y ubtained from seawater or brine (a concentrated NaCl solu-
1) hy solar evaporation. Sodium chloride also occurs in na-
0 s the mineral halite.

Sudium chloride is used more often than any other material
|he manufacture of inorganic chemicats. World consumption of
i« nuibstance is about 150 million tons per year. The major use of
il chloride is in the production of other essential inorganic
ficals such as chlorine gas, sodium hydroxide, sodium metal,
lrogen gas, and sodium carbonate. It is also used to melt-ice Solar evaporation process for obtaining sodium chioride.
4l xnow on highways and roads. However, because sodium

liride is harmful to plant life and promotes corrosion of cars, its

|or this purpose is of considerable environmental concern.

e — Meat processing,

: food canning,
water softening,
paper pulp, textiles

\ and dyeing, rubber

‘\ and oil industry

Chlor-alkali process
(Cl,, NaOH, Na, H,)
50%

/ Melting ice
on roads

17%
Other

chemical
manufacture

Wkl ground rock salt mining. Uses of sodium chioride.

Domestic table salt

Animal feed

jlcrgies) and the stability gained from the formation of the solid. The sum of the first
o ionization energies of sodium is

496 kJ/mol + 4560 kJ/mol = 5056 kJ/mol

Ile compound NaCl, does not exist, but if we assume a value of 2527 kJ/mol as its
lillice energy (same as that for MgCl,), we see that the energy yield would be far too
small to compensate for the energy required to produce the Na** jon.
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Animation:
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This discussion applies only to representa-

tive elements. Remember that for these
elements, the number of valence electrons
is equal to the group number (Groups
1A-7A).

What has been said about the cations applies also to the anions. In Seull
we observed that the electron affinity of oxygen is 141 kJ/mol, meaning thul
lowing process releases energy (and is therefore favorable):

O +e — 0 (g)
As we would expect, adding another electron to the O™ ion
0 (g +e —> 0> (g)

would be unfavorable because of the increase in electrostatic repulsion. Indeg¢
electron affinity of O™ is negative. Yet compounds containing the oxide ion (( y
exist and are very stable, whereas compounds containing the O™ ion are not ki
Again, the high lattice energy resulting from the presence of 0>~ ions in conmjp
such as Na,0O or MgO far outweighs the energy needed to produce the O° i

9.4 The Covalent Bond

Although the concept of molecules goes back to the seventeenth century, it wii
until early in the twentieth century that chemists began to understand how un
molecules form. The first major breakthrough was Gilbert Lewis’s suggestion ({§
chemical bond involves electron sharing by atoms. He depicted the formation
chemical bond in H, as

H-+ -H—>H:H

This type of electron pairing is an example of a covalent bond, a bond in whitlj
electrons are shared by two atoms. Covalent compounds are compounds that colf
only covalent bonds. For the sake of simplicity, the shared pair of electrons is (i
represented by a single line. Thus, the covalent bond in the hydrogen molecule
be written as H—H. In a covalent bond, each electron in a shared pair is attracl¢
the nuclei of both atoms. This attraction holds the two atoms in H, together uti
responsible for the formation of covalent bonds in other molecules.

Covalent bonding between many-electron atoms involves only the valence ¢
trons. Consider the fluorine molecule, F,. The electron configuration of F is 1s22.\"“
The 1s electrons are low in energy and stay near the nucleus most of the time. Fur'|
reason they do not participate in bond formation. Thus, each F atom has seven valgf
electrons (the 2s and 2p electrons). According to Figure 9.1, there is only one unpill
electron on F, so the formation of the F, molecule can be represented as follows;

:F- +F: —> :F:F: or :F—F:
Note that only two valence electrons participate in the formation of F,. The other; i

bonding electrons, are called lone pairs—pairs of valence electrons that are not involis
in covalent bond formation. Thus, each F in F, has three lone pairs of electrons:

lone pairs ——>: F—F : «— lone pairs

The structures we use to represent covalent compounds, such as H; and Fy, §
called Lewis structures. A Lewis structure is a representation of covalent bondiny




ection K
at the fol

Which shared electron pairs are shown either as lines or as pairs of dots between two
oms, and lone pairs are shown as pairs of dots on individual atoms. Only valence
glectrons are shown in a Lewis structure.

Let us consider the Lewis structure of the water molecule. Figure 9.1 shows the
l.ewis dot symbol for oxygen with two unpaired dots or two unpaired electrons, so
we expect that O might form two covalent bonds. Because hydrogen has only one
plectron, it can form only one covalent bond. Thus, the Lewis structure for water is

H:0:H o H—O—H
1(0%7) dil In this case, the O atom has two lone pairs. The hydrogen atom has no lone pairs
hecause its only electron is used to form a covalent bond.

In the F, and H,O molecules, the F and O atoms achieve the stable noble gas
tonfiguration by sharing electrons:

CEEED
2¢ 8¢ 2e

8e” Be”

it was no

v and why I'he formation of these molecules illustrates the octet rule, formulated by Lewis:

stion that | An atom other than hydrogen tends to form bonds until it is surrounded by eight

aation of || yulence electrons. In other words, a covalent bond forms when there are not enough
glectrons for each individual atom to have a complete octet. By sharing electrons
I a covalent bond, the individual atoms can complete their octets. The requirement
for hydrogen is that it attain the electron configuration of helium, or a total of two

which 1w Jcirons. [ . . .

: The octet rule works mainly for elements in the second period of the periodic

hat contuf| .

5. i3 ‘oIl luble. These elements have only 2s and 2p subshells, which can hold a total of

oleciile o glght electrons. When an atom of one of these elements forms a covalent com-

pound, it can attain the noble gas electron configuration [Ne] by sharing electrons
with other atoms in the same compound. Later, we will discuss a number of impor-
lunt exceptions to the octet rule that give us further insight into the nature of chem-
jcal bonding.

Atoms can form different types of covalent bonds. In a single bond, two atoms
{ire held together by one electron pair. Many compounds are held together by multi-
ple bonds, that is, bonds formed when two atoms share two or more pairs of elec-
lns. If two atoms share two pairs of electrons, the covalent bond is called a double
hond. Double bonds are found in molecules of carbon dioxide (CO,) and ethylene
(C;Hy):

attracted (()
sther and I

ilence eleu
S 1s22s22p".
me. For thif:
ven valend¢
ne unpaire(l
follows:

, H H H\ /H
: other, non (0 OK’» or O0=C=0 ¢Q$ or P =C\
not involved 8¢ So— 8¢~ H o H u

trons: 8¢  8e”

triple bond arises when two atoms share three pairs of electrons, as in the nitro-

¢n molecule (N,):
GOD e

8¢  8e

~and F,, wig¢
t bonding i
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4 Interactivity:
. Covalent Bonds
@ ARIS, Interactives

Shortly, you will be introduced to the rules
for writing proper Lewis structures. Here
we simply want to become familiar with the
language associated with them.



74 pm 161 pm

H, HI

Figure 9.3 Bond length (in pm)
in Ho and H.

If intermolecular forces are weak, it is
relatively easy to break up aggregates of
molecules to form liquids (from solids) and
gases (from liquids).

TABLE 9.2
Average Bond Lengths of

Some Common Single,
Double, and Triple Bonds

Bond

Length
Bond Type {(pm)
C—H 107
CcC—0 143
C=0 121
CcC—C 154
c=cC 133
C=C 120
C—N 143
C=N 138
C=N 116
N—O 136
N=0 122
O—H 96
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The acetylene molecule (C,H,) also contains a triple bond, in this case between

carbon atoms:
H H or H—C=C—H

8¢ 8e

Note that in ethylene and acetylene all the valence electrons are used in bonding; ili
are no lone pairs on the carbon atoms. In fact, with the exception of carbon muiii
ide, stable molecules containing carbon do not have lone pairs on the carbon utol

Multiple bonds are shorter than single covalent bonds. Bond length is define(l
the distance between the nuclei of two covalently bonded atoms in a molecule (|
ure 9.3). Table 9.2 shows some experimentally determined bond lengths. For & |
pair of atoms, such as carbon and nitrogen, triple bonds are shorter than double buj
which, in turn, are shorter than single bonds. The shorter multiple bonds are also nii
stable than single bonds, as we will see later.

Comparison of the Properties of Covalent and Ionic Compound

Ionic and covalent compounds differ markedly in their general physical propeil
because of differences in the nature of their bonds. There are two types of attruclf
forces in covalent compounds. The first type is the force that holds the atoms togeilj
in a molecule. A quantitative measure of this attraction is given by bond enthalpy,
be discussed in Section 9.10. The second type of attractive force operates berw'
molecules and is called an intermolecular force. Because intermolecular forces |
usually quite weak compared with the forces holding atoms together within a mul
cule, molecules of a covalent compound are not held together tightly. Consequuiil
covalent compounds are usually. gases, liquids, or low-melting solids. On the ol
hand, the electrostatic forces holding ions together in an ionic compound are usuul
very strong, so ionic compounds are solids at room temperature and have high nielf
ing points. Many ionic compounds are soluble in water, and the resulting aquculf
solutions conduct electricity, because the compounds are strong electrolytes. Ml

Comparison of Some General Properties of an lonic Compound

RSl o1d & Covalent Compound

Property NaCl CCl,
Appearance White solid Colorless liquid
Melting point (°C) 801 =)
Molar heat of fusion* (kJ/mol) 30.2 25
Boiling point (°C) 1413 76.5
Molar heat of vaporization* (kJ/mol) 600 30
Density (g/cm®) 2.17 1.59
Solubility in water High Very low
Electrical conductivity

Solid Poor Poor

Liquid Good Poor

*Molar heat of fusion and molar heat of vaporization are the amounts of heat needed to melt 1 mole of the solid an (¢
vaporize 1 mole of the liquid, respectively.



‘een 1wl wlent compounds are insoluble in water, or if they do dissolve, their aqueous solu-

fix generally do not conduct electricity, because the compounds are nonelectrolytes.
)lien ionic compounds conduct electricity because they contain mobile cations and
uns; liquid or molten covalent compounds do not conduct electricity because no
I% ure present. Table 9.3 compares some of the general properties of a typical ionic
ipound, sodium chloride, with those of a covalent compound, carbon tetrachloride
L
ng; therg ).
monox:
n atomsy,
sfined ux
ule (Fig
ca give
le bondy,
1so morg

5 Electronegativity

yuvalent bond, as we have said, is the sharing of an electron pair by two atoms. In
jvlecule like H,, in which the atoms are identical, we expect the electrons to be
{lnlly shared—that is, the electrons spend the same amount of time in the vicinity
vich atom. However, in the covalently bonded HF molecule, the H and F atoms
not share the bonding electrons equally because H and F are different atoms:

mands H—F :

roperticy

attractive j¢ bond in HF is called a polar covalent bond, or simply a polar bond, because the
togethey i'irons spend more time in the vicinity of one atom than the other. Experimental
halpy, to \dence indicates that in the HF molecule the electrons spend more time near the F
between Hin. We can think of this unequal sharing of electrons as a partial electron transfer
Jrces ale i shift in electron density, as it is more commonly described, from H to F (Figure
¢ a molc ). This “unequal sharing” of the bonding electron pair results in a relatively greater
sequently getron density near the fluorine atom and a correspondingly lower electron density
the other iir hydrogen. The HF bond and other polar bonds can be thought of as being inter-
e usually udinte between a (nonpolar) covalent bond, in which the sharing of electrons is

igh melt iictly equal, and an ionic bond, in which the transfer of the electron(s) is nearly
aqueous nnplete.

es. Mosl

A property that helps us distinguish a nonpolar covalent bond from a polar cova-
i bond is electronegativity, the ability of an atom to attract toward itself the elec-
Wiy in a chemical bond. Elements with high electronegativity have a greater ten-
hey to attract electrons than do elements with low electronegativity. As we might
puct, electronegativity is related to electron affinity and ionization energy. Thus, an
pm such as fluorine, which has a high electron affinity (tends to pick up electrons
slly) and a high ionization energy (does not lose electrons easily), has a high elec-
incgativity. On the other hand, sodium has a low electron affinity, a low ionization
\ergy, and a low electronegativity.

Electronegativity is a relative concept, meaning that an element’s electronegativ-
y can be measured only in relation to the electronegativity of other elements. Linus
jling” devised a method for calculating relative electronegativities of most ele-
¢nts. These values are shown in Figure 9.5. A careful examination of this chart
veals trends and relationships among electronegativity values of different elements.
) peneral, electronegativity increases from left to right across a period in the peri-
fic table, as the metallic character of the elements decreases. Within each group,

lmis Carl Pauling (1901-1994). American chemist. Regarded by many as the most influential chemist
{ e twentieth century, Pauling did research in a remarkably broad range of subjects, from chemical
)yxics to molecular biology. Pauling received the Nobel Prize in Chemistry in 1954 for his work on pro-

| structure, and the Nobel Peace Prize in 1962. He is the only person to be the sole recipient of two
ibel Prizes.

2 solid and 10
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Figure 9.4 Fiectrostatic potential
map of the HF molecule. The
distribution varies according to the
colors of the rainbow. The most
electron-rich region is red; the
most electron-poor region is biue.

Hydrogen fluoride is a clear, fuming liquid
that boils at 19.8°C. It is used to make re-
frigerants and to prepare hydrofluoric acid.

Electronegativity values have no units.
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Increasing electronegativity

i E‘:' et S
| 1A
H
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Li | Be B|C|NjoO|F
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Figure 9.5 The electronegativities of common elements.

electronegativity decreases with increasing atomic number, and increasing mufii
character. Note that the transition metals do not follow these trends. The mosl ¢
tronegative elements—the halogens, oxygen, nitrogen, and sulfur—are found i)
upper right-hand corner of the periodic table, and the least electronegative elctig
(the alkali and alkaline earth metals) are clustered near the lower left-hand cuif
These trends are readily apparent on a graph, as shown in Figure 9.6.

Atoms of elements with widely different electronegativities tend to form |
bonds (such as those that exist in NaCl and CaO compounds) with each other beuij
the atom of the less electronegative element gives up its electron(s) to the aton)
the more electronegative element. An ionic bond generally joins an atom of a mels
lic element and an atom of a nonmetallic element. Atoms of elements with conlf
rable electronegativities tend to form polar covalent bonds with each other betil

Ru /

Electronegativity
[\
e

Mn Zn

4
K

| L, A, i L
0 10 20 30 40 50
Atomic number

Figure 9.6 Variation of electronegativity with atomic number. The halogens have the highest electronegativities, and the alkali metals
the lowest.



hifl in electron density is usually small. Most covalent bonds involve atoms of
lelullic elements. Only atoms of the same element, which have the same elec-
putivity, can be joined by a pure covalent bond. These trends and characteris-

A what we would expect, given our knowledge of ionization energies and elec-
A illinities.
f I'here is no sharp distinction between a polar bond and an ionic bond, but the
!1(,)—-’ Wwing general rule is helpful in distinguishing between them. An ionic bond forms
i 7 il (he electronegativity difference between the two bonding atoms is 2.0 or more.
‘0 fule applies to most but not all ionic compounds. Sometimes chemists use the
e | Kr | Wity percent ionic character to describe the nature of a bond. A purely ionic bond
sl B'L jll have 100 percent ionic character, although no such bond is knowh, whereas a
! Xe jwlar or purely covalent bond has O percent ionic character. As Figure 9.7 shows,
B 2'(; 0 Is a correlation between the percent ionic character of a bond and the elec-
it \epativity difference between the bonding atoms.
2 Illectronegativity and electron affinity are related but different concepts. Both
lvnle the tendency of an atom to attract electrons. However, electron affinity refers
M isolated atom’s attraction for an additional electron, whereas electronegativity
lfics the ability of an atom in a chemical bond (with another atom) to attract the
fudl clectrons. Furthermore, electron affinity is an experimentally measurable quan-
, Whereas electronegativity is an estimated number that cannot be measured.
ing metull| lixample 9.2 shows how a knowledge of electronegativity can help us determine
> most cle glher a chemical bond is covalent or ionic.
found in 1}
ve elemen|
1and corig
lixample 9.2
» form il lussify the following bonds as ionic, polar covalent, or covalent: (a) the bond in HCI,
ther beclll ) the bond in KF, and (c) the CC bond in H;CCH,,
the atom ()

ali metals

1 of a metl

irategy We follow the 2.0 rule of electronegativity difference and look up the values
) Figure 9.5.

olution (a) The electronegativity difference between H and Cl is 0.9, which is appreciable
but not large enough (by the 2.0 rule) to qualify HCl as an ionic compound. Therefore, the
bond between H and Cl is polar covalent.

)) The electronegativity difference between K and F is 3.2, which is well above the
2.0 mark; therefore, the bond between K and F is ionic.
) The two C atoms are identical in every respect—they are bonded to each other and

cach is bonded to three other H atoms. Therefore, the bond between them is purely
covalent.

ructice Exercise Which of the following bonds is covalent, which is polar covalent,
nd which is ionic? (a) the bond in CsCl, (b) the bond in H,S, (c) the NN bond in
|3NNH2.

Jectronegativity and Oxidation Number

Chapter 4 we introduced the rules for assigning oxidation numbers of elements in
oir compounds. The concept of electronegativity is the basis for these rules. In
jence, oxidation number refers to the number of charges an atom would have if

petrons were transferred completely to the more electronegative of the bonded atoms
i molecule.
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100 KBr LiE-!
o

g 75 K(I:iI CsCl
g ) Cs.F
S LiBre/| 'NaCl
E 50 - Lil® / LiCl
2 °
= HF
g
&

2 3
Electronegativity difference

Figure 9.7 Relation between
percent ionic character and
electronegativity difference.

8,
| [2A 3A 4A 5A 6A 7A]

The most electronegative elements are the
nonmetals (Groups 5A-7A) and the least
electronegative elements are the alkali and
alkaline earth metals (Groups 1A-2A) and
aluminum. Beryllium, the first member of
Group 2A, forms mostly covalent
compounds.

Similar problems: 9.39, 9.40.
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.‘ Interactivity:

Lewis Dot Structure
\é ARIS, Interactives

Consider the NH; molecule, in which the N atom forms three single bonly
the H atoms. Because N is more electronegative than H, electron density will be ulj
from H to N. If the transfer were complete, each H would donate an electron |
which would have a total charge of —3 while each H would have a charge ol
Thus, we assign an oxidation number of —3 to N and an oxidation number of |
H in NH;.

Oxygen usually has an oxidation number of —2 in its compounds, excy|
hydrogen peroxide (H,O,), whose Lewis structure is

H—0—O0—H

A bond between identical atoms makes no contribution to the oxidation numb¢f
those atoms because the electron pair of that bond is equally shared. Becausc 1l
an oxidation number of +1, each O atom has an oxidation number of —1.

Can you see now why fluorine always has an oxidation number of —17? It I§
most electronegative element known, and it always forms a single bond in its if
pounds. Therefore, it would bear a —1 charge if electron transfer were complel¢

9.6 Writing Lewis Structures

Although the octet rule and Lewis structures do not present a complete pictuie;
covalent bonding, they do help to explain the bonding scheme in many compui
and account for the properties and reactions of molecules. For this reason, you sl
practice writing Lewis structures of compounds. The basic steps are as follows:

1. Write the skeletal structure of the compound, using chemical symbols and il
ing bonded atoms next to one another. For simple compounds, this task is il
easy. For more complex compounds, we must either be given the informatiui
make an intelligent guess about it. In general, the least electronegative atom ¢
pies the central position. Hydrogen and fluorine usually occupy the terminal (¢f
positions in the Lewis structure.

2. Count the total number of valence electrons present, referring, if necessuy,
Figure 9.1. For polyatomic anions, add the number of negative charges to |
total. (For example, for the CO%‘ ion we add two electrons because the !
charge indicates that there are two more electrons than are provided by the atong
For polyatomic cations, we subtract the number of positive charges from this t0f
(Thus, for NHI we subtract one electron because the 1+ charge indicates « |
of one electron from the group of atoms.)

3. Draw a single covalent bond between the central atom and each of the »
rounding atoms. Complete the octets of the atoms bonded to the central al(f
(Remember that the valence shell of a hydrogen atom is complete with only 1%
electrons.) Electrons belonging to the central or surrounding atoms must be sho\
as lone pairs if they are not involved in bonding. The total number of electi)
to be used is that determined in step 2.

4. After completing steps 1-3, if the central atom has fewer than eight electiul

try adding double or triple bonds between the surrounding atoms and the ceil

atom, using lone pairs from the surrounding atoms to complete the octet ol !
central atom.

Examples 9.3, 9.4, and 9.5 illustrate the four-step procedure for writing LW
structures of compounds and an ion.




wil
nifted xample 9.3

lle the Lewis structure for nitrogen trifluoride (NF5) in which all three F atoms are
wed to the N atom.

lution We follow the preceding procedure for writing Lewis structures.

pt i » {: The N atom is less electronegative than F, so the skeletal structure of NF; is
F N F
F

‘p 2: The outer-shell electron copﬁgurations of N and F are 25°2p> and 25%2p°,
respectively. Thus, there are 5 + (3 X 7), or 26, valence electrons to account
for in NF;.

i 3: We draw a single covalent bond between N and each F, and complete the octets
for the F atoms. We place the remaining two electrons on N:

er ol
H hik

is the

cony
b FoNE
:F:
' ¢eause this structure satisfies the octet rule for all the atoms, step 4 is not required.

e o

ounl ‘heck Count the valence electrons in NF; (in bonds and in lone pairs). The result is
shoukd f, the same as the total number of valence electrons on three F atoms (3 X 7 = 21)
t, il one N atom (5).

Jpnctice Exercise Write the Lewis structure for carbon disulfide (CS,).
| plae
fairly
ion of
occu
[ (end) ‘ ‘
li’xample 9.4
ary, o Wiile the Lewis structure for nitric acid (HNOs) in which the three O atoms are bonded
to thal {ir the central N atom and the ionizable H atom is bonded to one of the O atoms.
1ce)n3 ) vlution We follow the procedure already outlined for writing Lewis structures.
foms,
s tolul iep 1: The skeletal structure of HNOj; is
a losk O N O H
1€ Sur o
aton \tep 2: The outer-shell electron configurations of N, O, and H are 2s22p3, 2s22p4, and
dy two 1s', respectively. Thus, there are 5 + (3 X 6) + 1, or 24, valence electrons to
shown account for in HNO;.
>Ctrony Step 3: We draw a single covalent bond between N and each of the three O atoms and
between one O atom and the H atom. Then we fill in electrons to comply with

ctrons, the octet rule for the O atoms:

central 4 -

of the -Q—I]I—Q—H

:Q:
Lewis

(Continued)
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NF, is a colorless, odorless, unreactive
gas.

Similar problem: 9.45.

(&

C

HNO, is a strong electrolyte.
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Step 4: We see that this structure satisfies the octet rule for all the O atoms but 1
the N atom. The N atom has only six electrons. Therefore, we move a long
from one of the end O atoms to form another bond with N. Now the octel ¥
is also satisfied for the N atom:

O
:Q:

Check Make sure that all the atoms (except H) satisfy the octet rule. Count the

valence electrons in HNO; (in bonds and in lone pairs). The result is 24, the same

the total number of valence electrons on three O atoms (3 X 6 = 18), one N atom
Similar problem: 9.45. and one H atom (1).

Practice Exercise Write the Lewis structure for formic acid (HCOOH).

Example 9.5

Write the Lewis structure for the carbonate ion (CO%').

Solution We follow the preceding procedure for writing Lewis structures and note |

2 this is an anion with two negative charges.
Step 1: We can deduce the skeletal structure of the carbonate ion by recognizing thif

is less electronegative than O. Therefore, it is most likely to occupy a centrl
co?- position as follows:

(0]
O C O

Step 2: The outer-shell electron configurations of C and O are 25%2p” and 2572p*,
respectively, and the ion itself has two negative charges. Thus, the total numb
of electrons is 4 + (3 X 6) + 2, or 24.

Step 3: We draw a single covalent bond between C and each O and comply with the
octet rule for the O atoms:

g (I) 3
:(:'_é—C—'Q:
This structure shows all 24 electrons.

Step 4: Although the octet rule is satisfied for the O atoms, it is not for the C atom.
Therefore, we move a lone pair from one of the O atoms to form another boi
with C. Now the octet rule is also satisfied for the C atom:

We use the brackets to indicate that the 0 2=
—2 charge is on the whole molecule. -1 " =
:0—C—0:

Check Make sure that all the atoms satisfy the octet rule. Count the valence electrony

in CO§_ (in chemical bonds and in lone pairs). The result is 24, the same as the total

number of valence electrons on three O atoms (3 X 6 = 18), one C atom (4), and two
Similar problem: 9.44. negative charges (2).

Practice Exercise Write the Lewis structure for the nitrite ion (NO;).
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Formal Charge and Lewis Structure

i not for
lone pall

| omparing the number of electrons in an isolated atom with the number of elec-
ctet rule

that are associated with the same atom in a Lewis structure, we can determine
ilistribution of electrons in the molecule and draw the most plausible Lewis struc-
. The bookkeeping procedure is as follows: In an isolated atom, the number of
frons associated with the atom is simply the number of valence electrons. (As
|, we need not be concerned with the inner electrons.) In a molecule, electrons
¢lnled with the atom are the nonbonding electrons plus the electrons in the bond-
puir(s) between the atom and other atom(s). However, because electrons are shared
hond, we must divide the electrons in a bonding pair equally between the atoms
jling the bond. An atom’s formal charge is the electrical charge difference between
Vulence electrons in an isolated atom and the number of electrons assigned to that
)t in a Lewis structure.

‘v assign the number of electrons on an atom in a Lewis structure, we proceed
lollows:

All the atom’s nonbonding electrons are assigned to the atom.

We break the bond(s) between the atom and other atom(s) and assign half of the
honding electrons to the atom.

note thal l.ct us illustrate the concept of formal charge using the ozone molecule (O3).

Jeeding by steps, as we did in Examples 9.3 and 9.4, we draw the skeletal struc-

ng that C { ol O3 and then add bonds and electrons to satisfy the octet rule for the two end
central 11EH

:0—0—0:

it can see that although all available electrons are used, the octet rule is not

», {islicd for the'central atom. To remedy this, we convert a lone pair on one of
il number ¢ end atoms to a second bond between that end atom and the central atom, as

Hows:
i Liquid ozone below its boiling point
tith the - A (—111.3°C). Ozone s a toxic, light-blue gas

0=0—0: with a pungent odor.
j¢ formal charge on each atom in O3 can now be calculated according to the fol-
wing scheme:
0%0+0:
{ atom. Valencee~ 6 6 6
ther bond e assigned toatom 6 S5 7 Assign half of the bonding electrons to
. each atom.
Difference
0 +1 -1
(formal charge)

liere the wavy red lines denote the breaking of the bonds. Note that the breaking of

single bond results in the transfer of an electron, the breaking of a double bond
electrons vults in a transfer of two electrons to each of the bonding atoms, and so on. Thus,
the total i formal charges of the atoms in O; are
and two

l . et e _
0=0—0:

O single positive and negative charges, we normally omit the numeral 1.
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Similar problem: 9.46.
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When you write formal charges, these rules are helpful:

1. For molecules, the sum of the formal charges must add up to zero becaus¢
ecules are electrically neutral species. (This rule applies, for example, to (l§
molecule.)

For cations, the sum of the formal charges must equal the positive charpe,

3. For anions, the sum of the formal charges must equal the negative charpe.

Keep in mind that formal charges do not represent actual charge separation W
the molecule. In the O3 molecule, for example, there is no evidence that the (¢
atom bears a net +1 charge or that one of the end atoms bears a —1 charge.

ing these charges on the atoms in the Lewis structure merely helps us keep (i
the valence electrons in the molecule.

Example 9.6

Write formal charges for the carbonate ion.
Strategy The Lewis structure for the carbonate ion was developed in Example 9.5:
10: i
:0$C30:
The formal charges on the atoms can be calculated using the given procedure.

Solution We subtract the number of nonbonding electrons and half of the bonding
electrons from the valence electrons of each atom.

The C atom: The C atom has four valence electrons and there are no nonbonding
electrons on the atom in the Lewis structure. The breaking of the double bond and twi
single bonds results in the transfer of four electrons to the C atom. Therefore, the
formal charge is 4 — 4 = 0.

The O atom in C=0O: The O atom has six valence electrons and there are four
nonbonding electrons on the atom. The breaking of the double bond results in the
transfer of two electrons to the O atom. Here the formal charge is 6 — 4 — 2 = 0.

The O atom in C— O: This atom has six nonbonding electrons and the breaking
of the single bond transfers another electron to it. Therefore, the formal charge is
6—-6—-—1=—1.

Thus, the Lewis structure for CO§_ with formal charges is
0
X
o :Q—C—Q 3
Check Note that the sum of the formal charges is —2, the same as the charge on the

carbonate ion.

Practice Exercise Write formal charges for the nitrite ion (NO3).

Sometimes there is more than one acceptable Lewis structure for a given specics,
such cases, we can often select the most plausible Lewis structure by using fon)
charges and the following guidelines:

* For molecules, a Lewis structure in which there are no formal charges is pref@
able to one in which formal charges are present.
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l.ewis structures with large formal charges (+2, +3, and/or —2, —3, and so on)
dre less plausible than those with small formal charges.

Among Lewis structures having similar distributions of formal charges, the most
plausible structure is the one in which negative formal charges are placed on the

e, to the

charge. ihore electronegative atoms.
charge. Iixample 9.7 shows how formal charges facilitate the choice of the correct Lewis
wration willl ¢lure for a molecule.
at the cenf
charge. W( L
keep track ixample 9.7
imaldehyde (CH,0), a liquid with a disagreeable odor, traditionally has been used to
serve laboratory specimens. Draw the most likely Lewis structure for the compound.
rutegy A plausible Lewis structure should satisfy the octet rule for all the elements, '
‘upt H, and have the formal charges (if any) distributed according to electronegativity 6
{elines.
iple 9.5: )lution The two possible skeletal structures are CH,0
H‘
HERC BN O c o
H
() )
€.
bonding 18l we draw the Lewis structures for each of these possibilities
. - B2 L H\ 50
__lonbondmg H—C=0—H C=0
nd and two / %
e, the H
(@) (b)
2 are four
in the 1 show the formal charges, we follow the procedure given in Example 9.6. In (a)
2 =0. Jie C atom has a total of five electrons (one lone pair plus three electrons from the
¢ breaking feaking of a single and a double bond). Because C has four valence electrons, the formal
rge is hrge on the atom is 4 — 5 = —1. The O atom has a total of five electrons (one lone
iir and three electrons from the breaking of a single and a double bond). Because O
ls six valence electrons, the formal charge on the atom is 6 — 5 = +1. In (b) the C
lom has a total of four electrons from the breaking of two single bonds and a double
wnd, so its formal charge is 4 — 4 = 0. The O atom has a total of six electrons (two
e pairs and two electrons from the breaking of the double bond). Therefore, the
ormal charge on the atom is 6 — 6 = 0. Although both structures satisfy the octet rule,
h) is the more likely structure because it carries no formal charges.
irge on the ‘heck In each case make sure that the total number of valence electrons is 12. Can

ou suggest two other reasons why (a) is less plausible? Similar problem: 9.47.

Practice Exercise Draw the most reasonable Lewis structure of a molecule that
untains a N atom, a C atom, and an H atom.

ven species. If

ing form
y using forn 8 The Concept of Resonance

arges is prefef Wit drawing of the Lewis structure for ozone (O;) satisfied the octet rule for the cen-

| atom because we placed a double bond between it and one of the two end O
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atoms. In fact, we can put the double bond at either end of the molecule, i
by these two equivalent Lewis structures:

. et e .. et e
6=0-0:" :0—0=0

However, neither one of these two Lewis structures accounts for the knowl}

lengths in Os.
We would expect the O—O bond in O3 to be longer than the O =0 bond hf

Electrostatic potential map of Os. The
electron density is evenly distributed double bonds are known to be shorter than single bonds. Yet experimental ¢vii

ekl shows that both oxygen-to-oxygen bonds are equal in length (128 pm). We resol
discrepancy by using both Lewis structures to represent the ozone molecule:

. R ) _ . et s

6=0—0:" «— ~:0—0=0
Each of these structures is called a resonance structure. A resonance structui't,
is one of two or more Lewis structures for a single molecule that cannot e |

sented accurately by only one Lewis structure. The double-headed arrow indicul¢l
the structures shown are resonance structures.

. interactivity: The term resonance itself means the use of two or more Lewis structures [(l

\ a 2;?‘3”";'::;cﬁves resent a particular molecule. Like the medieval European traveler to Africi

described a rhinoceros as a cross between a griffin and a unicorn, two famillij

b 4 Animation: imagir}ary animals, we describe ozone, a real molecule, in terms of two familiy
Resonance nonexistent structures.

;@ ARIS, Animations A common misconception about resonance is the notion that a molecule il

ozone somehow shifts quickly back and forth from one resonance structurc i
other. Keep in mind that neither resonance structure adequately represents the i\l
molecule, which has its own unique, stable structure. “Resonance” is a human ¥
tion, designed to address the limitations in these simple bonding models. To ¢X
the animal analogy, a rhinoceros is a distinct creature, not some oscillation belws
mythical griffin and unicorn!

The carbonate ion provides another example of resonance:

; (ﬁ : 3 C|) e ; (|) g
R R Ao
According to experimental evidence, all carbon-to-oxygen bonds in CO3 ™ are ¢
alent. Therefore, the properties of the carbonate ion are best explained by connl
ing its resonance structures together.

The concept of resonance applies equally well to organic systems. A good ¢X
ple is the benzene molecule (C¢He):

The hexagonal structure of benzene was
first proposed by the German chemist
August Kekulé (1829-1896).

If one of these resonance structures corresponded to the actual structure of benz¢
there would be two different bond lengths between adjacent C atoms, one character|
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e, as show 0 single bond and the other of the double bond. In fact, the distance between all
‘ont C atoms in benzene is 140 pm, which is shorter than a C—C bond (154 pm)
longer than a C=C bond (133 pm).

A simpler way of drawing the structure of the benzene molecule and other
jpounds containing the “benzene ring” is to show only the skeleton and not the
Jun and hydrogen atoms. By this convention the resonance structures are rep-

known bul ied by

ond becing

¢ that the C atoms at the corners of the hexagon and the H atoms are all omitted,
gh they are understood to exist. Only the bonds between the C atoms are shown.
lRemember this important rule for drawing resonance structures: The positions of
ucture, thel {rons, but not those of atoms, can be rearranged in different resonance structures.
10t be repi jther words, the same atoms must be bonded to one another in all the resonance
Uiures for a given species.

lixample 9.8 illustrates the procedure for drawing resonance structures of a
*tures to 1¢fi lucule.

ixample 9.8

iw resonance structures (including formal charges) for the nitrate ion, NO3, which
4 (he following skeletal arrangement:

uman invel) 0

O N O ‘,
{ritegy We follow the procedure used for drawing Lewis structures and calculating

ol charges in Examples 9.5 and 9.6. -

Wlution Just as in the case of the carbonate ion, we can draw three equivalent
onance structures for the nitrate ion:

:tlj:‘ :C”): :?:‘
O=I:_I—O_ «—> _:(:):———N—:(:):‘ — _O——N=O

+ +

37 are equiv

by considel

heck Because N has five valence electrons and each O has six valence electrons and
tre is a net negative charge, the total number of valence electrons is 5 + (3 X 6) + | =
. the same as the number of valence electrons in the NO3 ion. Similar problems: 9.51, 9.56.

\ good exu

rictice Exercise Draw resonance structures for the nitrite ion (NO3 ).

Y Exceptions to the Octet Rule

mentioned earlier, the octet rule applies mainly to the second-period elements. 6 Interactivity:
eptions to the octet rule fall into three categories characterized by an incomplete B oF o o Exceptions
¢l, an odd number of electrons, or more than eight valence electrons around the

jral atom.
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o ¥°

Beryllium, unlike the other Group 2A
elements, forms mostly covalent

compounds of which BeH; is an example.

NH; + BF; — H;N —BF;

The Incomplete Octet

In some compounds the number of electrons surrounding the central atom in i
molecule is fewer than eight. Consider, for example, beryllium, which is a Gl
(and a second-period) element. The electron configuration of beryllium is Iy
has two valence electrons in the 2s orbital. In the gas phase, beryllium hydride (
exists as discrete molecules. The Lewis structure of BeH, is

H—Be—H

As you can see, only four electrons surround the Be atom, and there is no way |
isfy the octet rule for beryllium in this molecule. '

Elements in Group 3A, particularly boron and aluminum, also tend to foruj
pounds in which they are surrounded by fewer than eight electrons. Take boruil |
example. Because its electron configuration is 15*25°2p", it has a total of threc vil
electrons. Boron reacts with the halogens to form a class of compounds havly
general formula BX3, where X is a halogen atom. Thus, in boron trifluoride thel
only six electrons around the boron atom:

T
S H—g—m:

The following resonance structures all contain a double bond between B and |
satisfy the octet rule for boron:

The fact that the B—F bond length in BF; (130.9 pm) is shorter than a singlc |
(137.3 pm) lends support to the resonance structures even though in each cu
negative formal charge is placed on the B atom and the positive formal charge
more electronegative F atom.

Although boron trifluoride is stable, it readily reacts with ammonia. This reuf
is better represented by using the Lewis structure in which boron has only six vif
electrons around it:

:if: I-II :ili': Iil
:ﬁ—]la +:1]1—H—>:§=: B ITI —H
:E: H :F.: H

It seems that the properties of BF; are best explained by all four resonance struciil
The B—N bond in the above compound is different from the covalent b
discussed so far in the sense that both electrons are contributed by the N
This type of bond is called a coordinate covalent bond (also referred to as a
bond), defined as a covalent bond in which one of the atoms donates both ¢
trons. Although the properties of a coordinate covalent bond do not differ [
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¢ of a normal covalent bond (because all electrons are alike no matter what
I source), the distinction is useful for keeping track of valence electrons and

a Group gning formal charges.

. p!
is 15224

Iride (Bel| ld-Electron Molecules

e molecules contain an odd number of electrons. Among them are nitric oxide
)) and nitrogen dioxide (NO,):

§-6 o-—or

3 form cul viuse we need an even number of electrons for complete pairing (to reach
boron as | Ii1), the octet rule clearly cannot be satisfied for all the atoms in any of these
hree valui Jlecules.

s having || ()dd-electron molecules are sometimes called radicals. Many radicals are highly
ide therc (tive. The reason is that there is a tendency for the unpaired electron to form a
vilent bond with an unpaired electron on another molecule. For example, when two
jogen dioxide molecules collide, they form dinitrogen tetroxide in which the octet
l¢ is satisfied for both the N and O atoms:

N O N
/N- + -N\ —_— /N—N\
0 0’ 0 .0

i¢ Expanded Octet

{oms of the second-period elements cannot have more than eight valence elec-
s around the central atom, but atoms of elements in and beyond the third
flod of the periodic table form some compounds in which more than eight elec-
uns surround the central atom. In addition to the 3s and 3p orbitals, elements in
0 1hird period also have 3d orbitals that can be used in bonding. These orbitals
low an atom to form an expanded octet. One compound in which there is an  Yellow: second-period elements cannot
panded octet is sulfur hexafluoride, a very stable compound. The electron con- :;‘::‘:‘"m:’;‘::"::ydoz“;'::nB:;‘:’e'g:d'"°’i°"
Quration of sulfur is [Ne]3s*3p*. In SF, each of sulfur’s six valence electrons expanded octet. Green: the noble gases
jims a covalent bond with a fluorine atom, so there are 12 electrons around the  “Sualy only have an expanded octet.
shtral sulfur atom:

1A 8A
2A 34 4A 5A 6A 7

1 single boj
sach casc |l
charge on il

This reacli(
ly six valeng

EES
S

51 E:
J F:

Chapter 10 we will see that these 12 electrons, or six bonding pairs, are accom-
tilated in six orbitals that originate from the one 3s, the three 3p, and two of the
y¢ 3d orbitals. Sulfur also forms many compounds in which it obeys the octet rule.
) sultur dichloride, for instance, S is surrounded by only eight electrons:

to as a daliy, :Cl—S—Cl: Sultur dichloride is a toxic, foul-smelling
tes both el i cherry-red liquid (boiling point: 59°C).
it differ froj [ixamples 9.9-9.11 concern compounds that do not obey the octet rule.
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Draw the Lewis structure for aluminum triiodide (Alls).

‘ ' Example 9.9
©

Strategy We follow the procedures used in Examples 9.5 and 9.6 to draw the Lewis

== structure and calculate formal charges.
‘ ‘ Solution The outer-shell electron configurations of Al and I are 3s?3p" and 5575,
respectively. The total number of valence electrons is 3 + 3 X 7 or 24. Because Al |&
::;::Z Z‘T"d"""y to dimerize or form two less electronegative than I, it occupies a central position and forms three bonds with
= I atoms:
I
|
I—Al
|
I

Note that there are no formal charges on the Al and I atoms.

Check Although the octet rule is satisfied for the I atoms, there are only six valence
Similar problem: 9.62. electrons around the Al atom. Thus, All; is an example of the incomplete octet.

Practice Exercise Draw the Lewis structure for BeF,.

Example 9.10

Draw the Lewis structure for phosphorus pentafluoride (PFs), in which all five F atonig
are bonded to the central P atom.

Strategy Note that P is a third-period element. We follow the procedures given in
Examples 9.5 and 9.6 to draw the Lewis structure and calculate formal charges.

: Solution The outer-shell electron configurations for P and F are 35°3p® and 25%2p°,

4 respectively, and so the total number of valence electrons is 5 + (5 X 7), or 40.
. Phosphorus, like sulfur, is a third-period element, and therefore it can have an expandc
octet. The Lewis structure of PFs is

PF; is a reactive gaseous compound. -
. F *
B
QoPZ~

I'Ti——"U-—"l'J 3
'11

Note that there are no formal charges on the P and F atoms.

Check Although the octet rule is satisfied for the F atoms, there are 10 valence
Similar problem: 9.64. electrons around the P atom, giving it an expanded octet.

Practice Exercise Draw the Lewis structure for arsenic pentafluoride (AsFs).

Example 9.11

Draw a Lewis structure for the sulfate ion (SO%') in which all four O atoms are
bonded to the central S atom.

(Continueill
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Continued)

{ey Note that S is a third-period element. We follow the procedures given in
p
ples 9.5 and 9.6 to draw the Lewis structure and calculate formal charges.

tlon The outer-shell electron configurations of S and O are 35?3p* and 25%2p*,
Llively.

; 'The skeletal structure of (SO37) is

O S O
0]

J: Both O and S are Group 6A elements and so have six valence electrons each.
Including the two negative charges, we must therefore account for a total of
6 + (4 X 6) + 2, or 32, valence electrons in SOﬁ_.

{: We draw a single covalent bond between all the bonding atoms:

I8 structure involves an expanded octet on S but may be considered more

Wsible because it bears fewer formal charges. However, detailed theoretical
Jeulation shows that the most likely structure is the one that satisfies the octet

0, cven though it has greater formal charge separations. The general rule for
ments in the third period and beyond is that a resonance structure that obeys the
lu1 rule is preferred over one that involves an expanded octet but bears fewer
mul charges.

‘netice Exercise Draw the Lewis structure of sulfuric acid (H,SO,).

A final note about the expanded octet: In drawing Lewis structures of compounds
[ining a central atom from the third period and beyond, sometimes we find that
qctet rule is satisfied for all the atoms but there are still valence electrons left to
‘. In such cases, the extra electrons should be placed as lone pairs on the central
). Example 9.12 shows this approach.
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i

o : <

SO;™

Similar. problem: 9.85.




Just Say NO

Nitric oxide (NO), the simplest nitrogen oxide, is an odd-
electron molecule, and therefore it is paramagnetic. A col-
orless gas (boiling point: —152°C), NO can be prepared in the
laboratory by reacting sodium nitrite (NaNO,) with a reducing
agent such as Fe?* in an acidic medium.

NO; (aq) + Fe** (ag) + 2H  (ag) —>
NO(g) + Fe**(ag) + HO0()

Environmental sources of nitric oxide include the burning
of fossil fuels containing nitrogen compounds and the reaction
between nitrogen and oxygen inside the automobile engine at
high temperatures

Na(g) + Ox(g) —> 2ZNO(g)

Lightning also contributes to the atmospheric concentration of
NO. Exposed to air, nitric oxide quickly forms brown nitrogen
dioxide gas:

2NO(g) + O4(g) —> 2NOx(g)

Nitrogen dioxide is a major component of smog.

About 24 years ago scientists studying muscle relaxation
discovered that our bodies produce nitric oxide for use as a neu-
rotransmitter. (A neurotransmitter is a small molecule that
serves to facilitate cell-to-cell communications.) Since then, it
has been detected in at least a dozen cell types in various parts
of the body. Cells in the brain, the liver, the pancreas, the gas-
trointestinal tract, and the blood vessels can synthesize nitric
oxide. This molecule also functions as a cellular toxin to kill
harmful bacteria. And that’s not all: In 1996 it was reported that
NO binds to hemoglobin, the oxygen-carrying protein in the
blood. No doubt it helps to regulate blood pressure.

The discovery of the biological role of nitric oxide has
shed light on how nitroglycerin (C;HsN30o) works as a drug.
For many years, nitroglycerin tablets have been prescribed for
heart patients to relieve pain (angina pectoris) caused by a brief
interference in the flow of blood to the heart, although how it
worked was not understood. We now know that nitroglycerin
produces nitric oxide, which causes muscles to relax and allows

Example 9.12

Draw a Lewis structure of the noble gas compound xenon tetrafluoride (XeF,) in whig
all F atoms are bonded to the central Xe atom.

C.)HEM.ISTRY
in Action

the arteries to dilate. In this respect, it is interesting 10 i}
Alfred Nobel, the inventor of dynamite (a mixture of nl|
erin and clay that stabilizes the explosive before usc), W
tablished the prizes bearing his name, had heart troublg,
refused his doctor’s recommendation to ingest a small
of nitroglycerin to ease the pain.

That NO evolved as a messenger molecule is entiig
propriate. Nitric oxide is small and so can diffuse quickly
cell to cell. It is a stable molecule, but under certain ¢
stances it is highly reactive, which accounts for its il
function. The enzyme that brings about muscle relaxatli
tains iron for which nitric oxide has a high affinity. It is thi
ing of NO to the iron that activates the enzyme. Nevertlig|
the cell, where biological effectors are typically very lurg
ecules, the pervasive effects of one of the smallest knowil
cules are unprecedented.

Colorfess nitric oxide gas is produced by the action of Fe* on an
sodium nitrite solution. The gas is bubbled through water and iminig
reacts with oxygen to form the brown NO, gas when exposed to i

(Continu



‘ilegy Note that Xe is a fifth-period element. We follow the procedures in Examples
und 9.6 for drawing the Lewis structure and calculating formal charges.

lution Step I1: The skeletal structure of XeF, is

F F
Xe
F F

1 2: The outer-shell electron configurations of Xe and F are 55°5p° and 2s°2p°,
respectively, and so the total number of valence electrons is 8 + (4 X 7) or 36.

) 3: We draw a single covalent bond between all the bonding atoms. The octet rule is
satisfied for the F atoms, each of which has three lone pairs. The sum of the lone
pair electrons on the four F atoms (4 X 6) and the four bonding pairs (4 X 2) is 32.
Therefore, the remaining four electrons are shown as two lone pairs on the Xe atom:

Xe

B F:

7N

1 Fy
We see that the Xe atom has an expanded octet. There are no formal charges on
the Xe and F atoms.

fuctice Exercise Write the Lewis structure of sulfur tetrafluoride (SF,).

10 Bond Enthalpy

measure of the stability of a molecule is its bond enthalpy, which is the enthalpy
iinye required to break a particular bond in 1 mole of gaseous molecules. (Bond
jthulpies in solids and liquids are affected by neighboring molecules.) The experi-
entally determined bond enthalpy of the diatomic hydrogen molecule, for example, is

H>(g) — H(g) + H(g) AH® = 436.4 kJ/mol

Jilx cquation tells us that breaking the covalent bonds in 1 mole of gaseous H, mol-
Wles requires 436.4 kJ of energy. For the less stable chlorine molecule,

Cl(g) —> Cl(g) + Cl(g) AH° = 242.7 kJ/mol

Bond enthalpies can also be directly measured for diatomic molecules contain-
J unlike elements, such as HCl,

HCl(g) — H(g) + Cl(g) AH® = 431.9 kJ/mol

well as for molecules containing double and triple bonds:

O,(g) —> O(g) + O(g) AH° = 498.7 kJ/mol
N2(g) —> N(g) + N(g) AH° = 941.4 kJ/mol

Wensuring the strength of covalent bonds in polyatomic molecules is more compli-
led. For example, measurements show that the energy needed to break the first O—H
7hich i in H,O is different from that needed to break the second O—H bond:

H,O(g) —> H(g) + OH(g) AH°® = 502 kJ/mol
OH(g) — H(g) + O(g) AH°® = 427 kJ/mol

tinued)
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Similar problem: 9.63.

XCF4

The Lewis structure of O, is 0=O
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Some Bond Enthalpies of Diatomic Molecules® and Averag«

04 Enthalpies for Bonds in Polyatomic Molecules
Bond Enthalpy Bond Entl

Bond (kJ/mol) Bond (kJ/m@
H—H 436.4 ComS 255
H—N 393 C=S8 477
H—O 460 N—N 193
H—S 368 N=N 41%
H—P 326 N=N 9414
H—F 568.2 N—O: 176
H—Cl 4319 N=0O 607
H—Br 366.1 0—0 142
H—I 298.3 0=0 498,/
C—H 414 O—P 502
c—cC 347 0=S 469
C=C 620 PP 197
C=cC 812 P=P 489
C—N 276 S—S 268
C=N 615 S=S 352
C=N 891 F—F 156.9
c—o0O 351 Cl—Cl 2421
c=0' 745 Br—Br 192.5
CcC—P 263 =} 151.0

*Bond enthalpies for diatomic molecules (in color) have more significant figures than bond enthalpies for bonds I8
polyatomic molecules because the bond enthalpies of diatomic molecules are directly measurable quantities uinf 1
averaged over many compounds.

"The C=0 bond enthalpy in CO, is 799 kJ/mol.

In each case, an O—H bond is broken, but the first step is more endothermic |
the second. The difference between the two AH° values suggests that the s¢(l
O—H bond itself has undergone change, because of the changes in the chenl
environment.

Now we can understand why the bond enthalpy of the same O—H bond in |
different molecules such as methanol (CH;OH) and water (H,0) will not be the wilf
their environments are different. Thus, for polyatomic molecules we speak of the (1§
age bond enthalpy of a particular bond. For example, we can measure the encigy’
the O—H bond in 10 different polyatomic molecules and obtain the average 0
bond enthalpy by dividing the sum of the bond enthalpies by 10. Table 9.4 lisix
average bond enthalpies of a number of diatomic and polyatomic molecules. As sl
earlier, triple bonds are stronger than double bonds, which, in turn, are stronger il
single bonds.

Use of Bond Enthalpies in Thermochemistry

A comparison of the thermochemical changes that take place during a numbel
reactions (Chapter 6) reveals a strikingly wide variation in the enthalpies of diffci




I/mol)

55
11
93
18
41.4
76
W07
42
198.7
302
169
197
189
268
352
156.9
2427
192.5
151.0

for bonds in
tities and not

Enthalpy

ons. For example, the combustion of hydrogen gas in oxygen gas is fairly
hormic:

H,(g) + 10,(g) —> H,0(])  AH° = —285.8 kJ/mol

10 other hand, the formation of glucose (C¢H;,0¢) from water and carbon diox-
hvsl achieved by photosynthesis, is highly endothermic:

6CO,(g) + 6H,0(l) —> CgH,06(s) + 60,(g) AH° = 2801 ki/mol

Lim account for such variations by looking at the stability of individual reactant
| product molecules. After all, most chemical reactions involve the making and
king of bonds. Therefore, knowing the bond enthalpies and hence the stability of
fuules tells us something about the thermochemical nature of reactions that mol-
lox undergo.

In many cases, it is possible to predict the approximate enthalpy of reaction by
Ijf the average bond enthalpies. Because energy is always required to break chem-
honds and chemical bond formation is always accompanied by a release of energy,
‘in cstimate the enthalpy of a reaction by counting the total number of bonds bro-
| il formed in the reaction and recording all the corresponding energy changes.
enthalpy of reaction in the gas phase is given by

AH° = ZBE(reactants) — ZBE(products)

= total energy input — total energy released 9.3)

fv BE stands for average bond enthalpy and Z is the summation sign. As writ-
, liquation (9.3) takes care of the sign convention for AH°. Thus, if the total
fy input is greater than the total energy released, AH° is positive and the
tion is endothermic. On the other hand, if more energy is released than
uthed, AH® is negative and the reaction is exothermic (Figure 9.8). If reactants
| products are all diatomic molecules, then Equation (9.3) will yield accurate
Iilts because the bond enthalpies of diatomic molecules are accurately known.
sunie or all of the reactants and products are polyatomic molecules, Equation (9.3)

T ¥ By
Atoms i § Atoms
| |
bond in (W T e
be the samg¢
< of the aveld —2ZBE (products) 2ZBE (reactants)
he energy ol [
verage O- s~ =
.9 4g1. wa Product = Reactant
> 9.4 lists e molecules .J -‘é molecules
les. As statel o s Cititanis’ 4
stronger thil
YBE (reactants) - 2BE (products)
t Reactant : Product I
molecules molecules l

T

(a)

9.10 Bond Enthalpy

Figure 9.8 Bond enthalpy
changes in (a) an endothermic
reaction and (b) an exothermic
reaction.
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will yield only approximate results because the bond enthalpies uscd

| averages.
For diatomic molecules, Equation (9.3) is equivalent to Equation (6. | Np
results obtained from these two equations should correspond, as Exanijil

illustrates.
@ Example 9.13
G Use Equation (9.3) to calculate the enthalpy of reaction for the process
. Hy(g) + Cla(g) — 2HCI(g)
AN Compare your result with that obtained using Equation (6.18).

‘ Strategy Keep in mind that bond breaking is an energy absorbing (endothermic)
process and bond making is an energy releasing (exothermic) process. Therefore, (lj

l overall energy change is the difference between these two opposing processes, as
described by Equation (9.3).

Solution We start by counting the number of bonds broken and the number ol
bonds formed and the corresponding energy changes. This is best done by creatll

a table:

Type of Number of Bond enthalpy Energy change
bonds broken bonds broken (kJ/mol) (kJ/mol)
H—H (H,) 1 436.4 436.4
CI—Cl1 (Cly) | 242.7 242.7

Type of Number of Bond enthalpy Energy change
bonds formed bonds formed (kJ/mol) - (kJ/mol)
H—CI1 (HCI) 2 4319 ] 863.8

Next, we obtain the total energy input and total energy released:

Refer to Table 9.4 for bond enthalpies of total energy input = 436.4 kJ/mol + 242.7 kJ/mol = 679.1 kI/mol
these diatomic molecules. total energy released = 863.8 ki/mol

Using Equation (9.3), we write
AH® = 679.1 kJ/mol — 863.8 kJ/mol = —184.7 kJ/mol

Alternatively, we can use Equation (6.18) and the data in Appendix 3 to calculate the
enthalpy of reaction:

AH® = 2AH3(HC) — [AH}(H,) + AHF(Cl)]
(2)(—92.3 kJ/mol) — 0 — 0
—184.6 ki/mol

Check Because the reactants and products are all diatomic molecules, we expect the
results of Equations (9.3) and (6.18) to be the same. The small discrepancy here is du¢:

Simitar problem: 9.104. to different ways of rounding off.

Practice Exercise Calculate the enthalpy of the reaction
Hx(g) + Fa(g) —> 2HF(g)

using (a) Equation (9.3) and (b) Equation (6.18).
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will xumple 9.14 uses Equation (9.3) to estimate the enthalpy of a reaction involv-
polyatomic molecule.
3), so i
iple Y.
nmple 9.14 &
.
hute the enthalpy change for the combustion of hydrogen gas: @ ‘
2H,(g) + Ox(g) — 2H,0(g) ‘
fegy We basically follow the same procedure as that in Example 9.13. Note,
ever, that H,O is a polyatomic molecule, and so we need to use the average bond :
nlpy value for the O—H bond. @
{itlon We construct the following table: @I
) 1ype of Number of Bond enthalpy Energy change l
, the honds broken bonds broken (kJ/mol) (kJ/mol) :
5 lI—H (H,) 2 436.4 872.8
(=0 (0,) 2 498.7 498.7 g-
of Type of Number of Bond enthalpy Energy change :
sating honds formed bonds formed (kJ/mol) (kJ/mol)
0O—H (H,0) 4 460 1840 _
nge |, we obtain the total energy input and total energy released: \e
" total energy input = 872.8 kJ/mol + 498.7 kJ/mol = 1371.5 kJ/mol
total energy released = 1840 kJ/mol
inge iy Equation (9.3), we write
) AH° = 1371.5 kJ/mol — 1840 kJ/mol = —469 kJ/mol
i result is only an estimate because the bond enthalpy of O—H is an average
antity. Alternatively, we can use Equation (6.18) and the data in Appendix 3 to
luulate the enthalpy of reaction:
)|
AH° = 2AHY(H,0) — [2AHYH,) + AHY0,)]
=2(—241.8 kJ/mol) -0 —0
= —483.6 kJ/mol
licek Note that the estimated value based on average bond enthalpies is quite close to
j2 vulue calculated using AHY data. In general, Equation (9.3) works best for reactions
ite the { are either quite endothermic or quite exothermic, that is, reactions for which
H:',“, > 100 kJ/mol or for which AH?,m < —100 kJ/mol. Similar problem: 9.72.
tictice Exercise For the reaction
Ha(g) + CHy(g) — CyHe(g)
ect the ) Estimate the enthalpy of reaction, using the bond enthalpy values in Table 9.4.
e is duc

) Calculate the enthalpy of reaction, using standard enthalpies of formation. (AHS for
H,, C;H,, and C,Hg are 0, 52.3 kJ/mol, and —84.7 kI/mol, respectively.)
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Summary of Facts and Concepts

I. A Lewis dot symbol shows the number of valence elec-
trons possessed by an atom of a given element. Lewis
dot symbols are useful mainly for the representative
elements.

2. The elements most likely to form ionic compounds have
low ionization energies (such as the alkali metals and
the alkaline earth metals, which form cations) or high
electron affinities (such as the halogens and oxygen,
which form anions).

3. An ionic bond is the product of the electrostatic forces
of attraction between positive and negative ions. An
jonic compound consists of a large network of ions in
which positive and negative charges are balanced. The
structure of a solid ionic compound maximizes the net
attractive forces among the ions.

4. Lattice energy is a measure of the stability of an ionic
solid. It can be calculated by means of the Born-Haber
cycle, which is based on Hess’s law.

5. In a covalent bond, two electrons (one pair) are shared
by two atoms. In multiple covalent bonds, two or three
pairs of electrons are shared by two atoms. Some cova-
lently bonded atoms also have lone pairs, that is, pairs
of valence electrons that are not involved in bonding.

Key Words

Bond enthalpy, p. 385 Covalent bond, p. 366
Bond length, p. 368 Covalent compound, p. 366
Born-Haber cycle, p. 361 Double bond, p. 367
Coordinate covalent Electronegativity, p. 369
bond, p. 380 Formal charge, p. 375
Coulomb’s law, p. 361 Tonic bond, p. 359

Questions and Problems

Lewis Dot Symbols
Review Questions

9.1 What is a Lewis dot symbol? To what elements does
the symbol mainly apply?

9.2 Use the second member of each group from Group 1A
to Group 7A to show that the number of valence elec-
trons on an atom of the element is the same as its
group number.

The arrangement of bonding electrons and lond |
a molecule is represented by a Lewis structure,

6. The octet rule predicts that atoms form enough (|
bonds to surround themselves with eight electrof
When one atom in a covalently bonded pair douif
electrons to the bond, the Lewis structure caii |
the formal charge on each atom as a means of k
track of the valence electrons. There are exce
the octet rule, particularly for covalent berylliuiif
pounds, elements in Group 3A, odd-electru
cules, and elements in the third period and beyy
the periodic table.

7. Electronegativity is a measure of an atom’s abili
tract electrons in a chemical bond.

8. For some molecules or polyatomic ions, two |
Lewis structures based on the same skeletal sl
satisfy the octet rule and appear chemically rcus)
Taken together, such resonance structures repreiil
molecule or ion more accurately than any singl |
structure does.

9. The strength of a covalent bond is measured in 1
its bond enthalpy. Bond enthalpies can be uscd ()
mate the enthalpy of reactions.

—ti. ) T
e e el L . _

Lattice energy, p. 361 Polar covalent bond, p. \(#
Lewis dot symbol, p. 358 Resonance, p. 378

Lewis structure, p. 366 Resonance structure, p.
Lone pair, p. 366 Single bond, p. 367
Multiple bond, p. 367 Triple bond, p. 367

Octet rule, p. 367

[ ! R,
% R N Y
e e e s e -

9.3 Without referring to Figure 9.1, write Lewis dot &
bols for atoms of the following elements: (a) Be, ()
(c) Ca, (d) Ga, () O, () Br, () N, (W I, (i) As, (|} §

9.4 Write Lewis dot symbols for the following ionx|
Li*, (b) C17, (c) 827, (d) S©**, (e) N*~.

9.5 Write Lewis dot symbols for the following atonw
ions: () I, 0)17,(c) S, (d) S*7, (e) P, () PP, ()
(h) Na*, () Mg, (j) Mg**, () AL () AP, () §
(n) Pb**.
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fonic Bond
W Questions

Iixplain what an ionic bond is.

}ixplain how ionization energy and electron affinity
etermine whether atoms of elements will combine to
lorm ionic compounds.

Name five metals and five nonmetals that are very
likely to form ionic compounds. Write formulas for
compounds that might result from the combination of
these metals and nonmetals. Name these compounds.
Name one ionic compound that contains only non-
metallic elements.

Name one ionic compound that contains a polyatomic
cation and a polyatomic anion (see Table 2.3).
lixplain why ions with charges greater than 3 are sel-
(lom found in ionic compounds.

‘The term “molar mass” was introduced in Chapter 3.
What is the advantage of using the term “molar mass”
when we discuss ionic compounds?

In which of the following states would NaCl be elec-
trically conducting? (a) solid, (b) molten (that is,
melted), (c) dissolved in water. Explain your answers.
Beryllium forms a compound with chlorine that has
the empirical formula BeCl,. How would you deter-
mine whether it is an ionic compound? (The com-
pound is not soluble in water.)

whlems

{4

An ionic bond is formed between a cation A* and an
anion B™. How would the energy of the ionic bond
|see Equation (9.2)] be affected by the following
changes? (a) doubling the radius of A*, (b) tripling
the charge on A", (c) doubling the charges on A* and
B™, (d) decreasing the radii of A" and B~ to half
their original values.

Give the empirical formulas and names of the com-
pounds formed from the following pairs of ions: (a)
Rb* andI ™, (b)Cs* and SO3~, (c) Sr** and N3,
(d) AP* and $*.

Use Lewis dot symbols to show the transfer of elec-
trons between the following atoms to form cations and
anions: (a) Naand F, (b) K and S, (¢) Ba and O, (d) Al
and N.

Write the Lewis dot symbols of the reactants and
products in the following reactions. (First balance the
equations.)

(a) Sr + Se — SrSe

(b) Ca + H, — CaH,

(¢) Li + N, —> Li3N

(d) Al + S —> AlL,S;

For each of the following pairs of elements, state
whether the binary compound they form is likely to be

9.20
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ionic or covalent. Write the empirical formula and
name of the compound: (a) I and Cl, (b) Mg and F.
For each of the following pairs of elements, state
whether the binary compound they form is likely to be
ionic or covalent. Write the empirical formula and
name of the compound: (a) B and F, (b) K and Br.

Lattice Energy of Ionic Compounds
Review Questions

9.21

9.22

9.23

9.24

What is lattice energy and what role does it play in the
stability of ionic compounds?

Explain how the lattice energy of an ionic compound
such as KCI can be determined using the Born-Haber
cycle. On what law is this procedure based?

Specify which compound in the following pairs of
ionic compounds has the higher lattice energy: (a)
KClI or MgO, (b) LiF or LiBr, (c) MgzN, or NaCl. Ex-
plain your choice.

Compare the stability (in the solid state) of the fol-
lowing pairs of compounds: (a) LiF and LiF, (con-
taining the Li™* ion), (b) Cs,0 and CsO (containing
the O™ ion), (c) CaBr, and CaBr; (containing the
Ca*®* ion).

Problems

9.25

9.26

Use the Born-Haber cycle outlined in Section 9.3
for LiF to calculate the lattice energy of NaCl. [The
heat of sublimation of Na is. 108 kJ/mol and
AH¥(NaCl) = —411 kJ/mol. Energy needed to dis-
sociate 3 mole of Cl, into Cl atoms = 121.4 kJ.]
Calculate the lattice energy of calcium chloride given
that the heat of sublimation of Ca is 121 kJ/mol and
AHg(CaCl,) = —795 kJ/mol. (See Tables 8.2 and
8.3 for other data.)

The Covalent Bond
Review Questions

9.27

9.28

9.29

9.30

9.31

9.32

What is Lewis’s contribution to our understanding of
the covalent bond?

Use an example to illustrate each of the following
terms: lone pairs, Lewis structure, the octet rule, bond
length.

What is the difference between a Lewis dot symbol
and a Lewis structure?

How many lone pairs are on the underlined atoms in
these compounds? HBr, H,S, CH,

Compare single, double, and triple bonds in a mole-
cule, and give an example of each. For the same bond-
ing atoms, how does the bond length change from
single bond to triple bond?

Compare the properties of ionic compounds and cova-
lent compounds.
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Electronegativity and Bond Type
Review Questions

9.33 Define electronegativity, and explain the difference be-
tween electronegativity and electron affinity. Describe
in general how the electronegativities of the elements
change according to position in the periodic table.

9.34 What is a polar covalent bond? Name two compounds
that contain one or more polar covalent bonds.

Problems

9.35 List the following bonds in order of increasing ionic
character: the lithium-to-fluorine bond in LiF, the
potassium-to-oxygen bond in K,O, the nitrogen-to-
nitrogen bond in N,, the sulfur-to-oxygen bond in
SO,, the chlorine-to-fluorine bond in CIF;.

9.36 Arrange the following bonds in order of increasing
ionic character: carbon to hydrogen, fluorine to hydro-
gen, bromine to hydrogen, sodium to chlorine, potas-
sium to fluorine, lithium to chlorine.

9.37 Four atoms are arbitrarily labeled D, E, F, and G.
Their electronegativities are as follows: D = 3.8,
E = 3.3,F = 2.8,and G = 1.3. If the atoms of these
elements form the molecules DE, DG, EG, and DF,
how would you arrange these molecules in order of in-
creasing covalent bond character?

9.38 List the following bonds in order of increasing ionic
character: cesium to fluorine, chlorine to chlorine,
bromine to chlorine, silicon to carbon.

9.39 Classify the following bonds as ionic, polar covalent,
or covalent, and give your reasons: (a) the CC bond in
H;CCHj;, (b) the KI bond in KI, (c) the NB bond in
H;NBCl,, (d) the CF bond in CF,.

9.40 Classify the following bonds as ionic, polar covalent,
or covalent, and give your reasons: (a) the SiSi bond in
C1;3SiSiCls, (b) the SiCl bond in Cl5SiSiCl;, (c) the
CaF bond in CaF,, (d) the NH bond in NH;.

Lewis Structure and the Octet Rule
Review Questions

9.41 Summarize the essential features of the Lewis octet
rule. The octet rule applies mainly to the second-period
elements. Explain.

9.42 Explain the concept of formal charge. Do formal
charges represent actual separation of charges?

Problems

9.43 Write Lewis structures for the following molecules
and ions: (a) NCls, (b) OCS, (c) H,0,, (d) CH;COO ",
(e) CN ", (f) CH;CH,NH3.

9.44 Write Lewis structures for the following molecules
and ions: (a) OF,, (b) N,F,, (¢) Si,Hg, (d) OH™, (e)
CH,CICOO ~, (f) CH3NH3.

9.45

9.46

9.47

9.48

Write Lewis structures for the following ni)
(a) IC1, (b) PH3, (c) P4 (each P is bonded to thi
P atoms), (d) H,S, (€) N;H,, (f) HCIO;, (g) C(
is bonded to O and Br atoms).

Write Lewis structures for the following ions: (it}
(b) C37, (c) NO™, (d) NH7. Show formal chi
The following Lewis structures are incorrect. ¥
what is wrong with each one and give a coredl
structure for the molecule. (Relative posill
atoms are shown correctly.)

() H—C=N ®H_
(b) H=C=C=H . R
() é—Sn—:(é 0.
(d) rF_\_‘/,F,: ®:F_ E:
i ]
: F : : F .
() H—O=F:

The skeletal structure of acetic acid shown below |&
rect, but some of the bonds are wrong. (a) Ideniify
incorrect bonds and explain what is wrong witl {}
(b) Write the correct Lewis structure for acetic aul
H:0:
H=c|—g—Q—H
H

The Concept of Resonance
Review Questions

9.49

9.50

Define bond length, resonance, and resoii
structure. What are the rules for writing resoui
structures?

Is it possible to “trap” a resonance structure of i ¢
pound for study? Explain.

Problems

9.51

9.52

9.53

Write Lewis structures for the following specicy,
cluding all resonance forms, and show fof
charges: (a) HCO5, (b) CH,NO; . Relative posit|
of the atoms are as follows:

(0] H 0
H C C N
(0] H 0
Draw three resonance structures for the chlorate i
ClO5 . Show formal charges.

Write three resonance structures for hydrazoic u(
HN,. The atomic arrangement is HNNN. Show fori
charges.



@) 0}
1argen
- Expli
'ct Lew
itions

vith thei)
c acid.

resonandg
resonand(

of a con

pecies, il
w fornl
3 position

rlorate ion;

azoic acil,
row fornl

Draw two resonance structures for diazomethane,
('H,N,. Show formal charges. The skeletal structure
ol the molecule is

H
C NN
H

Draw three reasonable resonance structures for the
()CN ™ ion. Show formal charges.

Draw three resonance structures for the molecule N,O
in which the atoms are arranged in the order NNO. In-
dicate formal charges.

¢eptions to the Octet Rule
ilew Questions

Why does the octet rule not hold for many compounds
vontaining elements in the third period of the periodic
tuble and beyond?

(iive three examples of compounds that do not
satisfy the octet rule. Write a Lewis structure for
cach.

Because fluorine has seven valence electrons (25°2p°),
seven covalent bonds in principle could form
around the atom. Such a compound might be FH; or
FCl;. These compounds have never been prepared.
Why?

{) What is a coordinate covalent bond? Is it different
{rom a normal covalent bond?

ohlems

| 'The All; molecule has an incomplete octet around Al.
Draw three resonance structures of the molecule in
which the octet rule is satisfied for both the Al and the
I atoms. Show formal charges.

In the vapor phase, beryllium chloride consists of dis-
crete BeCl, molecules. Is the octet rule satisfied for Be
in this compound? If not, can you form an octet
around Be by drawing another resonance structure?
How plausible is this structure?

Of the noble gases, only Kr, Xe, and Rn are known to
form a few compounds with O and/or F. Write Lewis
structures for the following molecules: (a) XeF,, (b)
XeF,, (¢) XeFg, (d) XeOF,, (e) XeO,F,. In each case
Xe is the central atom.

Write a Lewis structure for SbCls. Does this molecule
obey the octet rule?

Write Lewis structures for SeF, and SeF. Is the octet
rule satisfied for Se?

Write Lewis structures for the reaction
AlICl; + CI- — AICl,
What kind of bond joins Al and Cl in the product?
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Bond Enthalpy
Review Questions

9.67 What is bond enthalpy? Bond enthalpies of poly-
atomic molecules are average values, whereas those of
diatomic molecules can be accurately determined.
Why?

9.68 Explain why the bond enthalpy of a molecule is usu-
ally defined in terms of a gas-phase reaction. Why are
bond-breaking processes always endothermic and
bond-forming processes always exothermic?

Problems

9.69 From the following data, calculate the average bond
enthalpy for the N—H bond:

NH;(g) — NH,(g) + H(g) AH° = 435kJ/mol
NH,(g) —> NH(g) + H(g) AH° = 381 kJ/mol
NH(g) — N(g) + H(g) AH° = 360 kJ/mol

9.70 For the reaction
O(g) + 0x(g) — Os(g) AH° = —107.2 kJ/mol

Calculate the average bond enthalpy in O;.

9.71 The bond enthalpy of F»(g) is 156.9 kJ/mol. Calculate
AH? for F(g).

9.72 For the reaction

2C,Hq(g) + 702(g) — 4CO2(g) + 6H,0(g)

(a) Predict the enthalpy of reaction from the average
bond enthalpies in Table 9.4.

(b) Calculate the enthalpy of reaction from the
standard enthalpies of formation (see Appendix 3)
of the reactant and product molecules, and compare
the result with your answer for part (a).

Additional Problems

9.73 Classify the following substances as ionic compounds
or covalent compounds containing discrete molecules:
CH,, KF, CO, SiCly, BaCl,.

9.74 Which of the following are ionic compounds?
Which are covalent compounds? RbCl, PFs, BrF;,
KO,, Cl,

9.75 Match each of the following energy changes with one
of the processes given: ionization energy, electron
affinity, bond enthalpy, and standard enthalpy of
formation.

(@) Fg) +e —> F (g)
(b) Fx(g) — 2F(g)
(c) Na(g) —> Na'(g) + ¢~
(d) Na(s) + 3F>(8) — NaF(s)
9.76 The formulas for the fluorides of the third-period ele-

ments are NaF, MgF,, AlF;, SiF,, PFs, SF¢, and CIF;.
Classify these compounds as covalent or ionic.
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9.77

9.78

9.79

9.80

9.81

9.82

9.83

9.84

9.85

9.86

9.87

9.88
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Use ionization energy (see Table 8.2) and electron
affinity values (see Table 8.3) to calculate the energy
change (in kJ/mol) for the following reactions:

(a) Li(g) + I(g) — Li'(g) + I ()

(b) Na(g) + F(g) —> Na'(g) + F(g)

(©) K(g) + Cl(g) —> K™ (g) + C1(g)

Describe some characteristics of an ionic compound

such as KF that would distinguish it from a covalent
compound such as benzene (C¢Hs).

Write Lewis structures for BrFs, CIFs, and IF;. Iden-
tify those in which the octet rule is not obeyed.

Write three reasonable resonance structures for the
azide ion N3 in which the atoms are arranged as
NNN. Show formal charges.

The amide group plays an important role in determin-
ing the structure of proteins:

_fTi_C_
H

Draw another resonance structure for this group.
Show formal charges.

Give an example of an ion or molecule containing Al
that (a) obeys the octet rule, (b) has an expanded octet,
and (c) has an incomplete octet.

Draw four reasonable resonance structures for the
PO3F2_ ion. The central P atom is bonded to the
three O atoms and to the F atom. Show formal
charges.

Attempts to prepare the compounds listed here as sta-
ble species under atmospheric conditions have failed.
Suggest possible reasons for the failure. CF,, LiO,,
CSClz, PIS

Draw reasonable resonance structures for the follow-
ing ions: (a) HSOj, (b) PO}, (c) HSO3 , (d) SO3 ™.
(Hint: See comment on p. 383.)

Are the following statements true or false? (a) Formal
charges represent actual separation of charges. (b)
AH?,, can be estimated from the bond enthalpies of
reactants and products. (c) All second-period elements
obey the octet rule in their compounds. (d) The reso-
nance structures of a molecule can be separated from
one another.

A rule for drawing plausible Lewis structures is that
the central atom is invariably less electronegative than
the surrounding atoms. Explain why this is so.

Using the following information and the fact that the
average C—H bond enthalpy is 414 kJ/mol, estimate
the standard enthalpy of formation of methane
(CHy).

C(s) — C(g) AHS,, = 716 kJ/mol
2H,(g) — 4H(g) AH?%, = 872.8 kJ/mol

9.89

9.90

9.91

9.92

9.93

9.94

9.95

9.96

9.97

9.98

9.99

9.100 Several resonance structures for the molecule CO; il

Based on energy considerations, which of the |
ing reactions will occur more readily?

(a) Cl(g) + CH4(g) — CH;Cl(g) + Hiy)
(b) Cl(g) + CH4(g) — CHai(g) + HCl(y)

(Hint: Refer to Table 9.4, and assume that the (i§
bond enthalpy of the C—Cl bond is 338 kJ/mu|

Which of the following molecules has the il
nitrogen-to-nitrogen bond? Explain. NoH,, Nyl
Most organic acids can be represented as R('(l
where COOH is the carboxyl group and R is 1§
of the molecule. (For example, R is CH; in §
acid, CH;COOH). (a) Draw a Lewis struch
the carboxyl group. (b) Upon ionization, ¢
boxyl group is converted to the carboxylate
COO . Draw resonance structures for the cail
late group.

Which of the following species are isoelccli()
NH}, C¢Hs, CO, CH,, Ny, BsN3Hg
The following species have been detected in |
stellar space: (a) CH, (b) OH, (c) Ca, (d) I
(e) HCO. Draw Lewis structures for these #|i
and indicate whether they are diamagneil¢
paramagnetic.

The amide ion, NH;, is a Brgnsted base. Rept
the reaction between the amide ion and water.

Draw Lewis structures for the following organic {§
ecules: (a) tetrafluoroethylene (C,F,), (b) projh
(C5Hy), (c) butadiene (CH,CHCHCH,), (d) proj
(CH,;CCH), (e) benzoic acid (C¢HsCOOH). (To (
CgHsCOOH, replace a H atom in benzene wil
COOH group.)

The triiodide ion (I3 ) in which the I atoms are arrui
in a straight line is stable, but the corresponding I
does not exist. Explain.

Compare the bond enthalpy of F, with the cngf
change for the following process:

F,(e) — F7(g) + F ()

Which is the preferred dissociation for F,, enciji
cally speaking?

Methyl isocyanate (CH;NCO) is used to make cctl
pesticides. In December 1984, water leaked inl(y
tank containing this substance at a chemical pl
producing a toxic cloud that killed thousands of |
ple in Bhopal, India. Draw Lewis structures !
CH;NCO, showing formal charges.

The chlorine nitrate molecule (CIONO,) is believe

be involved in the destruction of ozone in the Anta|
stratosphere. Draw a plausible Lewis structure for il

molecule.

shown next. Explain why some of them are likely |



e of little importance in describing the bonding in

this molecule.
1(g) " . + T
(n) 0O=C=0 () :0=C O:
+ - —.. 2+ L
(h ZOEC—QZ d) :Q—C—QI

)| 1'or each of the following organic molecules draw a Lewis
structure in which the carbon atoms are bonded to each
uther by single bonds: (a) C,Hg, (b) C4H,q, (¢) CsH . For
(b) and (c¢), show only structures in which each C atom
is bonded to no more than two other C atoms.

{12 Draw Lewis structures for the following chlorofluoro-
carbons (CFCs), which are partly responsible for the
depletion of ozone in the stratosphere: (a) CFCls, (b)
CF,Cl,, (¢c) CHF,C], (d) CF;CHF,.

1)} Draw Lewis structures for the following organic mol-
ccules. In each there is one C=C bond, and the rest of
the carbon atoms are joined by C—C bonds. C;H;F,
CyHe, C4Hg

{{11 Calculate A H° for the reaction

Ha(g) + I(g) — 2HI(g)

using (a) Equation (9.3) and (b) Equation (6.18), given

that AH? for I,(g) is 61.0 kJ/mol.

|05 Draw Lewis structures for the following organic
molecules: (a) methanol (CH;OH); (b) ethanol
(CH4CH,OH); (c) tetracthyllead [Pb(CH,CHj),l,
which is used in “leaded gasoline”; (d) methylamine
{CH;NH,), which is used in tanning; (e) mustard gas
(CICH,CH,SCH,CH,Cl), a poisonous gas used in
World War I; (f) urea [(NH,),CO], a fertilizer; and (g)
glycine (NH,CH,COOH), an amino acid.

106 Write Lewis structures for the following four isoelec-
tronic species: (a) CO, (b) NO™, (c) CN™, (d) N,.
Show formal charges.

10)7 Oxygen forms three types of ionic compounds in which
the anions are oxide (0% 7), peroxide (0%7),and super-
oxide (O, ). Draw Lewis structures of these ions.

,|08 Comment on the correctness of the statement, “All

ter.

). (To druw
ene with ||

re arrangul
ling F3 ol

the energy

2, energell: compounds containing a noble gas atom violate the
octet rule.”

1ake certail /1()) Write three resonance structures for (a) the cyanate
iked into | ion (NCO ™) and (b) the isocyanate ion (CNO ™). In
nical planl, each case, rank the resonance structures in order of in-
nds of pcor creasing importance.

uctures for ,110 (a) From the following data calculate the bond en-

thalpy of the F, ion.
-believed (o
1e Antarclig Fa(g) — 2F(g) AH?,,, = 156.9 kJ/mol

F(g)—>F(g) + e AHS,, = 333 kJ/mol
F;(g) —> Fy(g) + e~ AHZ,, = 290 kJ/mol

(b) Explain the difference between the bond enthalpies
of Fand F5 .

ture for thix

ule CO; arg
wre likely 1o
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9.111 The resonance concept is sometimes described by
analogy to a mule, which is a cross between a horse
and a donkey. Compare this analogy with the one used
in this chapter, that is, the description of a rhinoceros
as a cross between a griffin and a unicorn. Which de-
scription is more appropriate? Why?

9.112 What are the other two reasons for choosing (b) in Ex-
ample 9.7?

9.113 In the Chemistry in Action essay on p. 384, nitric
oxide is said to be one of about 10 of the smallest
stable molecules known. Based on what you have
learned in the course so far, write all the diatomic
molecules you know, give their names, and show
their Lewis structures.

9,114 The N—O bond distance in nitric oxide is 115 pm,
which is intermediate between a triple bond (106 pm)
and a double bond (120 pm). (a) Draw two resonance
structures for NO and comment on their relative im-
portance. (b} Is it possible to draw a resonance struc-
ture having a triple bond between the atoms?

9.115 Although nitrogen dioxide (NO,) is a stable com-
pound, there is a tendency for two such molecules to
combine to form dinitrogen tetroxide (N,O4). Why?
Draw four resonance structures of N,Oy, showing for-
mal charges.

9.116 Another possible skeletal structure for the CO%’(car—
bonate) ion besides the one presented in Example 9.5
is O C O O. Why would we not use this structure to
represent CO3 ™ ?

9.117 Draw a Lewis structure for nitrogen pentoxide (N,Os)
in which each N is bonded to three O atoms.

9.118 In the gas phase, aluminum chloride exists as a dimer
(a unit of two) with the formula Al,Clg. Its skeletal
structure is given by

Cl Cl 1
AN N /C

/
Cl Cl Cl

Complete the Lewis structure and indicate the coordi-
nate covalent bonds in the molecule.

9.119 The hydroxyl radical (OH) plays an important role in
atmospheric chemistry. It is highly reactive and has a
tendency to combine with a H atom from other com-
pounds, causing them to break up. Thus, OH is some-
times called a “detergent” radical because it helps to
clean up the atmosphere. (a) Write the Lewis structure
for the radical. (b) Refer to Table 9.4 and explain why
the radical has a high affinity for H atoms. (c) Esti-
mate the enthalpy change for the following reaction:

OH(g) + CHa(g) — CH;(g) + H,0(g)

(d) The radical is generated when sunlight hits water
vapor. Calculate the maximum wavelength (in
nanometers) required to break an O—H bond in H;O.
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9.120 Experiments show that it takes 1656 kJ/mol to break all
the bonds in methane (CH,) and 4006 kJ/mol to break
all the bonds in propane (CsHg). Based on these data,
calculate the average bond enthalpy of the C—C bond.

9.121 Draw three resonance structures of sulfur dioxide
(SO,). Indicate the most plausible structure(s). (Hint:
See Example 9.11.)

9.122 Vinyl chloride (C,H;CY) differs from ethylene (C;Hy) in
that one of the H atoms is replaced with a Cl atom. Vinyl
chloride is used to prepare poly(vinyl chloride), which is
an important polymer used in pipes. (a) Draw the Lewis
structure of vinyl chloride. (b) The repeating unit in
poly(vinyl chloride) is —CH,—CHCl—. Draw a por-
tion of the molecule showing three such repeating units.
() Calculate the enthalpy change when 1.0 X 10° kg
of vinyl chloride forms poly(vinyl chloride).

9.123 In 1998 scientists using a special type of electron mi-
croscope were able to measure the force needed to
break a single chemical bond. If 2.0 X 1079 N was
needed to break a C—Si bond, estimate the bond en-
thalpy in kJ/mol. Assume that the bond had to be
stretched by a distance of 2 A (2 X 107'° m) before

it is broken.

Special Problems

9.127 Sulfuric acid (H,S0,), the most important industrial
chemical in the world, is prepared by oxidizing sulfur
to sulfur dioxide and then to sulfur trioxide. Although
sulfur trioxide reacts with water to form sulfuric acid,
it forms a mist of fine droplets of H,SO, with water
vapor that is hard to condense. Instead, sulfur trioxide
is first dissolved in 98 percent sulfuric acid to form
oleurn (H,S,0-,). On treatment with water, concen-
trated sulfuric acid can be generated. Write equations
for all the steps and draw Lewis structures of oleum
based on the discussion in Example 9.11.

9,128 From the lattice energy of KCl in Table 9.1 and the ion-
ization energy of K and electron-affinity of Clin Tables
8.2 and 8.3, calculate the AH° for the reaction

K(g) + Cl(g) — KCl(s)

9.129 The species HJ is the simplest polyatomic ion. The
geometry of the ion is that of an equilateral triangle.
(a) Draw three resonance structures to represent the
ion. (b) Given the following information

2H + H* —> H} AH° = —849 kJ/mol
and H, —> 2H AH° = 436.4 kl/mol
calculate A H° for the reaction

H' + H,—> Hj

9.124 The American chemist Robert S. Mulliken sujl

9.125 Among the common inhaled anesthetics are:

9,126 A student in your class claims that magnesium (¥

9,130 The bond enthalpy of the C—N bond in the amidc i

9.131 In 1999 an unusual cation containing only nitiuj

9.132 Nitroglycerin, one of the most commonly used expl

a different definition for the electronegativity (
an element, given by

_IE+EA

EN
2

where IE is the first ionization energy and EA (lig
tron affinity of the element. Calculate the electie
tivities of O, F, and Cl using the above equatioin, {
pare the electronegativities of these elementy ()
Mulliken and Pauling scale. (To convert to the 1y
scale, divide each EN value by 230 kJ/mol.)

halothane: CF;CHCIBr

enflurane: CHFCICF,OCHF,
isoflurane: CF;CHCIOCHF,;
methoxyflurane: CHCL,CF,OCHj,

Draw Lewis structures of these molecules.

actually consists of Mg+ and O ions, not Mg" 1
0O?” ions. Suggest some experiments one could {
show that your classmate is wrong.

of proteins (see Problem 9.81) can be treated as i
age of C—N and C==N bonds. Calculate the maxiiif
wavelength of light needed to break the bond.

(N?) was prepared. Draw three resonance struclif
of the ion, showing formal charges. (Hint: The N u|
are joined in a linear fashion.)

sives, has the following structure

CH,ONO,
CHONO,
CH,ONO,

The decomposition reaction is

4C3HsN;O9(l) —
12C0O,(g) + 10H,0(g) + 6N,(g) + Ox§

The explosive action is the result of the heat releane
and the large increase in gaseous volume. (a) Calul
late the A H® for the decomposition of one mole of 1|
troglycerin using both standard enthalpy of formati¢
values and bond enthalpies. Assume that the two (I
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ntoms in the NO, groups are attached to N with one the pressure exerted by the gases using the result from
single bond and one double bond. (b) Calculate the (b). (The standard enthalpy of formation of nitroglyc-
combined volume of the gases at STP. (c) Assuming erin is —371.1 kJ/mol.)

in initial explosion temperature of 3000 K, estimate

\swers to Practice Exercises

‘Ba-+2-H—> Ba’* 2H:™ (or BaH,)
|Xcl6s®  1s' [Xe] [He]
(1) lonic, (b) polar covalent, (c) covalent.

§C=S 9.4 H;g;é—ﬂ 9.5 [G—=N—0:]

y . . o1 :F-\-S;/F-:
() *N—0:" 9.7 H—C=N: : F/ \F ‘
e 0 “N=0:" «— ":0—N=0 9.13 (a) —543.1 kJ/mol, (b) —543.2 kJ/mol.

: - 9.14 (a) —119 kJ/mol, (b) —137.0 kJ/mol.
i Be—k:

ide grouy)
5 an aver
naximuni

nitrogei
tructures
: N aton

ed explo

+ O(g)

t releascd
a) Calcu
10le of ni-
formation
he two ()



