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LEWIS ELECTRON-
DOT DIAGRAMS

We now turn from the use of quantum mechanics and its description of the atom to an
elementary description of molecules. Although most of the discussion of bonding in this
book uses the molecular orbital approach to chemical bonding, simpler methods that
provide approximate pictures of the overall shapes and polarities of molecules are also
very useful. This chapter provides an overview of Lewis dot structuges, valence shell
electron pair repulsion (VSEPR), and related topics. The molecular orbital descriptions
of some of the same molecules are presented in Chapter 5 and later chapters, but the
ideas of this chapter provide a starting point for that more modern treatment. General
chemistry texts include discussions of most of these topics; this chapter provides a re-
view for those who have not used them recently.

Ultimately, any description of bonding must be consistent with experimental data
on boad lengths, bond angles, and bond strengths. Angles and distances are most {re-
quently determined by diffraction (X-ray crystallography, electron diffraction, neutron
diffraction) or spectroscopic (microwave, infrared) methods. For many molecules, there
is general agreement on the bonding, although there are alternative ways to describe it.
For some others, there is considerable difference of opinion on the best way to describe
the bonding. In this chapter and Chapter 5, we describe some useful qualitative ap-
proaches, including some of the opposing views.

Lewis electron-dot diagrams, although very much oversimplified, provide a good
starting point for analyzing the bonding in molecules. Credit for their initial use goes
to G. N. Lewis,! an American chemist who contributed much to thermodynamics and
chemical bonding in the early years of the 20th century. In Lewis diagrams, bonds
between two atoms exist when they share one or more pairs of electrons, In addition,
some molecules have nonbonding pairs (also called lone pairs) of electrons on atoms.

G, N. Lewis, 4. Am. Chem. Soc., 1916, 38, 762; Valence and the Structure of Atoms and Molecules,
Chemical Catalogue Co., New York, 1923.
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52 Chapter 3 Simple Bonding Theory

FIGURE 3-1 Lewis Diagrams for
oo Kt

These electrons contribute to the shape and reactivity of the molecule, but do not
directly bond the atoms together. Most Lewis structures are based on the concept that
eight valence electrans (corresponding to s and p electrons outside the noble gas core)
form a particularly stable arrangement, as in the noble gases with s*p® configurations.
An exception is hydrogen, which is stable with two valence electrons. Also, some
molecules require more than eight electrons around a given central atom.

A more detailed approach to electron-dot diagrams is presented in Appendix D.

Simple molecuoles such as water follow the octet rule, in which eight electrons
surround the oxygen atom. The hydrogen atoms share two electrons each with the oxy-
gen, forming the familiar picture with two bonds and two lone pairs:

Shared electrons are considered to contribute to the electron requirements of both
atoms involved; thus, the electron pairs shared by H and O in the water molecule are
counted toward both the 8-electron requiremment of oxygen and the 2-electron require-
ment of hydrogen.

Some bonds are double bonds, containing four electrons, or triple bonds, contain-
ing six electrons:

[0=C=0; H—C=C—H

3-1-1 RESONANCE

In many molecules, the choice of which atoms are connected by multiple bonds is arbi-
trary. When several choices exist, all of them should be drawn. For example, as shown
in Figure 3-1, three drawings (resonance structures) of CO5;% are needed to show the
double bond in each of the three possible C— O positions. In fact, experimental evi-
dence shows that all the C—O bonds are identical, with bond lengths (129 pm) be-
tween double-bond and single-bond distances (116 pm and 143 pm respectively); none
of the drawings alone is adequate to describe the molecular structure, which is a combi-
nation of all three, not an equilibrium between them. This is called resonance to signi-
fy that there is more thar one possible way in which the valence electrons can be placed
in a Lewis structure. Note that in resonance structures, such as those shown for CO327
in Figure 3-1, the electrons are drawn in ditferent places but the atomic nuclei remain in
fixed positions.

The species CO5%~, NO;~, and SQs, are isoelectronic (have the same electronic
structure), Their Lewis diagrams are identical, except for the identity of the central atom.

When a molecule has several resonance structures, its overall electronic energy is
lowered, making it more stable. Just as the energy levels of a particle in a box are low-
ered by making the box larger, the electronic energy levels of the bonding electrons are
lowered when the electrons can occupy a larger space. The molecular orbital descrip-
tion of this effect is presented in Chapter 5.
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FIGURE 3-1 Lewis Diagrams for
COz%.

These electrons contribute to the shape and reactivity of the molecule, but do not
directly bond the atoms together. Most Lewis structures are based on the concept that
eight valence electrons (corresponding to s and p electrons outside the noble gas core)
form a particularly stable arrangernent, as in the noble gases with s%p® configurations.
An exception is hydrogen, which is stable with two valence electrons. Also, some
molecules require more than eight electrons around a given central atom.

A more detailed approach to electron-dot diagrams is presented in Appendix D.

Simple molecules such as water follow the octet rule, in which eight electrons
surround the oxygen atom. The hydrogen atoms share two electrons each with the oxy-
gen, forming the familiar picture with two bonds and two lone pairs:

Shared electrons are considered to contribute to the electron requirements of both
atoms involved; thus, the electron pairs shared by H and O in the water molecule are
counted toward both the 8-electron requirement of oxygen and the 2-electron require-
ment of hydrogen.

Some bonds are double bonds, containing four electrons, or triple bonds, contain-
ing six electrons:

0=C=0. H-—-C=C—H

3-1-1 RESONANCE

In nrany molecules, the choice of which atoms are connected by multiple bonds is arbi-
trary. When several choices exist, all of them should he drawn. For example, as shown
in Figure 3-1, three drawings (resonance stractures) of C03%” are needed to show the
double bond in each of the three possible C—O positions. In fact, experimental evi-
dence shows that all the C— O bonds are identical, with bond lengths (129 pm) be-
tween double-bond and single-bond distances (116 pm and 143 pm respectively); none
of the drawings alone is adequate to describe the molecular structure, which is a combi-
nation of all three, not an equilibrium between them. This is called resonance to signi-
fy that there is more than one possible way in which the valence electrons can be placed
in a Lewis structure, Note that in resonance structures, such as those shown for CO32~
in Figute 3-1, the electrons are drawn in different places but the atomic nuclei remain in
fixed positions.

The species CO+%, NO;, and SO, are isoelectronic (have the same electronic
structure). Their Lewis diagrams are identical, except for the identity of the central atom.

When a molecule has several resonance structures, its overall electronic energy is
lowered, making it more stable. Just as the energy levels of a particle in a box are low-
ered by making the box larger, the electronic energy levels of the bonding electrons are
lowered when the electrons can occupy a larger space. The molecular orbital descrip-
tion of this effect is presented in Chapter 5.
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FIGURE 3-2 Structures of CIF;
and SF;.

Formal charge = | electrons in a free
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3-1-2 EXPANDED SHELLS

When it is impossible to draw a structure consistent with the octet rule, it is necessary to
increase the number of electrons around the central atom. An option limited to elements
of the third and higher periods is to use d orbitals for this expansion, although more re-
cent theoretical work suggests that expansion beyond the s and p orbitals is unnecessary
for most main group molecules.” In most cases, two or four added electrons will com-
plete the bonding, but more can be added if necessary. Ten electrons are required around
chlorine in CIF; and 12 around sulfur in SFs (Figure 3-2). The increased number of
electrons is described as an expanded shell or an expanded electron count.

There are examples with even more electrons around the central atom, such as IF;
{14 electrons), [TaFg]3“ {16 electrons), and [Xng]z" (18 electrons). There are rarely
more than 18 electrons (2 for s, 6 for p, and 10 for 4 orbitals) around a single atom in the
top half of the periodic table, and crowding of the outer atoms usually keeps the number
below this, even for the much heavier atoms with f orbitals energetically available.

3-1-3 FORMAL CHARGE

Formal charges can be used to help in the assessment of resonance structures and mole-
cular topology. The use of formal charges is presented here as a simplified method of
describing structures, just as the Bohr atom is a simple method of describing electronic
configurations in atoms. Both of these methods are incomplete and newer approaches
are more accurate, but they can be useful as long as their limitations are kept in mind.

Formal charges can help in assigning bonding when there are several possibilities.
This can eliminate the least likely forms when we are considering resonance structures
and, in some cases, suggests multiple bonds beyond those required by the octet rule, It
1s essential, however, to remember that formal charge is only a tool for assessing Lewis
structures, not a measure of any actual charge on the atoms.

Formal charge is the apparent electronic charge of each atom in a molecule, based
on the electron-dot structure. The number of valence electrons available in a free atom
of an element minus the total for that atom in the molecule (determined by counting
lone pairs as two electrons and bonding pairs as one assigned to each atom) is the for-
mal charge on the atom:

number of valence ( number of unshared ) _ (number of bonds)

electrons on the atom to the atom
atom of the element

In addition,

Charge on the molecule or ion = sum of all the formal charges

21, Suidan, 1. K. Badenhoop, E. D. Glendening, and F. Weinhold, /. Chem. Educ., 1995, 72, 583,
J. Cioslowski and S, T. Mixon, frorg. Chem., 1993, 32, 3209; E. Magnusson, J. Am. Chem. Soc., 1990, 112,
7940
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§=C=N, §—C=N:
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FIGURE 3-3 Resonance Struc-
wres of Thiocyanate, SCN™.

R
0=C=N. :(—C=N
A B
1+ 2-
:0=C—N:

C

FIGURE 3-4 Resonance Struc-
nires of Cyanate, OCN™.

Structures minimizing formal charges, placing negative formal charges on more
electronegative (in the upper right-hand part of the periodic table) elements, and with
smaller separation of charges tend to be favored. Examples of formal charge calcula-
tions are given in Appendix D for those who need more review. Three examples, SCN™,
OCN™, and CNO ™, will illustrate the use of formal charges in describing electronic
structares.

SCN~ In the thiocyanate ion, SCN, three resonance structures are consistent with the

electron-dot method, as shown in Figure 3-3. Structure A has only one negative formal charge
on the nitrogen atom, the most electronegative atom in the jon, and fits the rules well. Struc-
ture B has a single negative charge on the S, which is less electronegative than N. Structure C
has charges of 2— on N and 1+ on S, consistent with the relative electronegativities of the
atoms but with a larger charge and greater charge separation than the first. Therefore, these
structures lead to the prediction that structure A is most important, structure B is next in im-
portance, and any contribution from C is minor.

The bond lengths in Table 3-1 are consistent with this conclusion, with bond lengths
between those of structures A and B. Protonation of the ion forms HNCS, consistent with a
negative charge on N in SCN™. The bond lengths in HNCS are those of double bonds, consis-
tent with the structure H—N=C==§,

TABLE 3-1 -
Table of $-—C and C—N chd Lengths (pm)
5—C C—N
SCN™ 165 117
HNCS 156 122
Single bond 181 147
Double bond 155 128 (approximate}
Triple bond 116

Source: A. F. Wells, Structural Inorganic Chemistry, 5th ed., Oxford
University Press, New York, 1984, pp. 807, 926, 934-936,

OCN~ The isoelectronic eyanate ion, QCN™ (Figure 3-4), has the same possibilities, but
the larger electronegativity of O makes structure B more important than in thiocyanate. The
protenated form contains 97% HNCO and 3% HOCN, consistent with structure A and a small
contribution from B. The bond lengths in OCN™ and HNCO in Table 3-2 are consistent with
this picture, but do not agree perfecily.

TABLE 3-2
Table.of 0—C and- C—N Bond Lengths {pm)
0—C C—N
OCN™ 113 123
HNCO 118 120
Single bond 143 147
Double bond 119 128 {approximate)
Triple bond 113 116

SOURCE: A. T Wells, Structural Inorganic Chemistry, 5th ed., Oxford
Uriversity Press, New York, 1984, pp. 807, 926, 933-934; R. I, Gillex-
pie and P. L. A. Popelier, Chemicel Bonding and Molecular Geometry,
Oxford University Press, New York, 2001, p. 117
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2 14 R TR CNO™  The isomeric fulminate fon, CNQ  (Figure 3-5), can be drawn with three similar
. . .. structures, but the resulting formal charges are unlikely. Because the order of clectronegativities
L=N=0. C—N=0: is C < N < O, none of these are plansible structures and the ion is predicted to be unstable.
A B The only common fulminate salts are of mercury and silver; both are explosive. Fulminic acid is
linear HCNO in the vapor phase, consistent with structure C, and coordination complexes of

- 1+ ‘1'_ CNO™ with many transition metal ions are known with MCNO structures.”
WC=N—0:
c EXERCISE 3-1
Use electron-dot diagrams and formal charges to find the bond order for each bond in POF;,
FIGURE 3-5 Resonance Struc- SOF,, and SO5F .

tures of Fulminate, CNO ™.

Some molecules have satisfactory electron-dot structures with octets, but have
better structures with expanded shells when formal charges are considered. In each of
the cases in Figure 3-6, the observed structures are consistent with expanded shells on
the central atom and with the resonance structure that uses multiple bonds to ntinimize
formal charges. The multiple bonds may also influence the shapes of the molecules.

Octet Expanded
Molecule Atom  Formal Atom Formal Expanded
Charge Charge to:
SNF, :N: S 2+ N S 0 12
N N 2— | I N 0
:F—S—F: =F*SI““F.:
T
‘E :F:
$0,Cl, :c'?: S 24 ﬁ S 0 12
. . — .. . 0
:C1—S§—0: © ! :g—sf:o_: ©
iCl: L
XeO; .. Xe 3+ . Xe 0 14
:(‘)' o] 1~ '(”} 0 0
:Q—Xe—0 H0=Xe=0:
50,2 :il)': S 2+ i S 0 12
0—8—0 © = G—3—0 © 0.1-
:([): -0-
S04* S L+ - S 0 10
'?‘ 0 1- (fi) 0 0,1
080 g—§—0

FIGURE 3-6 Forma)l Charge and Expanded Shells.

*A.G. Sharpe, “Cyanides and Fulminates,” in Comprehensive Coordination Chemistry, G. Wilkinson,
R. D. Gillard, and J. §. McCleverty, eds., Pergamon Press, New York, 1987, Vol. 2, pp. 12-14.
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3-1-4 MULTIPLE BONDS IN Be AND B
COMPOUNDS

A few molecules, such as BeF,, BeCl,, and BF;, seem to require multiple bonds to sat-
isfy the octet rule for Be and B, even though we do not usuvally expect multiple bonds
for fluorine and chlorine. Structures minimizing formal charges for these molecules
have only four electrons in the valence shell of Be and six electrons in the valence shell
of B, in both cases less than the usual octet. The alternative, requiring eight electrons on
the central atom, predicts multiple bonds, with BeF, analogous to CO; and BF; analo-
gous to SO (Figure 3-7). These structares, however, result in formal charges (2— on Be
and 1+ on F in BeF,, and 1— on B and 1+ on the double-bonded F in BF;), which are
uniikely by the usual rules.

It has not been experimentally determined whether the bond lengths in BeF; and
BeCl; are those of double bonds, because molecules with clear-cut double bonds are
not available for comparison. In the solid, a complex network is formed with coordina-
tion number 4 for the Be atom (see Figure 3-7). BeCl,; tends to dimerize to a 3-coordi-
nate structure in the vapor phase, but the linear monomer is also known at high
temperatures. The monomeric structure is unstable; in the dimer and polymer, the halo-
gen atoms share lone pairs with the Be atom and bring it closer to the octet structure.
The monomer is still frequently drawn as a singly bonded structure with only four elec-
trons around the beryllium and the ability to accept more from lone pairs of other mol-
ecules (Lewis acid behavior, discussed in Chapter 6).

Bond lengths in all the boron trihalides are shorter than expected for single bonds,
so the partial double bond character predicted seems reaschable in spite of the formal
charges. Molecular orbital calculations for these molecules support significant double
bond character. On the other hand, they combine readily with other molecules that can

F\B L
e
~F /F/ s
F=Be=F L ~Be F
N, ~F
Be
o E~
i
Predicted Actual solid
Cl Cl
. S L & S S N & e /N
Cl=Be==Cl. : B B Cl1— Be—Cl}
( Be=C], /Be"CI" e /Be"Cl" N Be\ P e
Cl Cl
Predicted Solid Vapor
F 33 T
TN . N " . .
/B=F: e \B—E: - \B—“E=
FIGURE 3-7 Structures of BeF;, R ) -7 . #
BeCl;, and BF;. (Reference: F - F ‘E

A F. Wells, Structural norganic
Chemistry, 5th ed., Oxford Universi-
ty Press, Oxford, England, 1984,

pp- 412, 1047)

Predicted

The B—F bond length is 131 pm;
the calculated single-bond length is 152 pm.
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contribute a lone pair of electrons (Lewis bases), forming a roughly tetrahedral structure
with four bonds:

r ’ HH F\ 'HH
pﬁ-mf' — BN
g% H F H

Because of this tendency, they are frequently drawn with only six electrons around
the boron,

Other boron compounds that do not fit simple electron-dot structures include the
hydrides, such as BoHg, and a large array of more complex molecules. Their structures
are discussed in Chapters 8 and 15.

Valence shell electron pair repulsion theory (VSEPR) provides a method for
predicting the shape of molecules, based on the electron pair electrostatic repulsion. It
was described by Sidgwick and Powell* in 1940 and further developed by Gillespie
and Nyholm® in 1957. In spite of this method’s very simple approach, based on Lewis
electron-dot structures, the VSEPR method predicts shapes that compare favorably
with those determined experimentally. However, this approach at best provides
approximate shapes for molecules, not a complete picture of bonding. The most
common method of determining the actual structures is X-ray diftraction, although
electron diffraction, neutron diffraction, and many types of spectroscopy are also
used.® In Chapter 5, we will provide some of the molecular orbital arguments for the
shapes of simple molecules.

Electrons repel each other because they are negatively charged. The quantuin me-
chanical rules force some of them to be fairly close to each other in bonding pairs or
lone pairs, but each pair repels all other pairs. According to the VSEPR model, there-
fore, molecules adopt geometries in which their valence electron pairs position them-
selves as far from each other as possible. A molecule can be described by the generic
formula AX,,E,, where A is the central atom, X stands for any atom or group of atoms
surrounding the central atom, and E represents a lone pair of elecirons. The steric
number (SN = m + n) is the number of positions occupied by atoms or lone pairs
arcund a central atom; lone pairs and bonds are nearly equal in their influence on mole-
cular shape.

0=C=0 8

Carbon dioxide is an example with two bonding positions (SN = 2) on the cen-
tral atom and double bonds in each direction. ‘The electrons in each double bond must
be between C and O, and the repulsion between the electrons in the double bonds forces

NV Sidgwick and H. M. Powell, Proc. R. Soc., 194D, A176, 153,

SR, 1. Gillespie and R. S. Nyholm, . Rev. Chem. Soc., 1957, XI, 339, a very thorough and clear de-
scriptien of the principles, with many more examples thar are included here; R. J. Gillespie, J. Chem. Educ.,
1970, 47, 18,

5G. M. Bartow, Physical Chemistry, 6th ed., McGraw-Hill, New York, 1988, pp. 367099, R. S.
Drago, Physical Methods for Chemists, 2nd ed., Sasnders College Publishing, Philadelphia, 1977,
pp. 680-711.
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a linear structure on the molecule. Sulfur irioxide has three bonding positions
(SN = 3), with partial double bond character in each. The best positions for the oxy-
gens in this molecule are at the comers of an equilateral triangle, with O—35S—0 bond
angles of 120°. The multiple bonding does not affect the geomeiry becanse it is shared
equally among the three bonds.

The same pattern of finding the Lewis structure and then matching it to a geome-
try that minimizes the repulsive energy of bonding electrons is followed through steric
numbers four, five, six, seven, and eight, as shown in Figure 3-8.

The struciures for two, three, four, and six electron pairs are completely regular,
with all bond angles and distances the same. Neither 5- nor 7-coordinate structures can
have uniform angles and distances, becanse there are no regular polyhedra with these
numbers of vertices, The 5-coordinate molecules have a trigonal bipyramidal structure,
with a central triangular plane of three positions pius two other positions above and
below the center of the plane. The 7-coordinate molecules have a pentagonal bipyrami-
dal structure, with a pentagonal plane of five positions and positions above and below

Steric Calculared
Number Geometry Examples Bond Angles
2 Linear COs 180° Qe=C=()
]
3 Planar triangular (tzigonal) S0, 120° /S\
O O
HH
1095 \C'/
4 Tetrahedral CH 0.5°
- ‘ /N
H H
Cl
.|
5 Trigonal bipyramidal PCls 120°, 90° - P—Cl1
a” |
Cl
F
6 Octahedral SFg 90° S
A
F7 | VF
F
F
7 Pentagenal bipyramidal 1F; 72°, 90° F 7 } ~
Py T
F———F
7N, A
8 Square antiprismatic TaF,*~ 70.5°, 99,6°, 109.5° T

FIGURE 3-8 VSEPR Predictions.
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FIGURE 3-9 Convession of a
Cube into a Square Antiprism.

H H

| [~ 109.5°
H—C—H C.t
| qa” > H
H H
H—N-—H _ N
;!
I!I H \_)H
106.6°
H—0: oN
| HY o H
104.5°

FIGURE 3-10 Shapes of Methane,
Ammonia, and Water.
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the center of the plane. The regular square antiprism structure (SN = 8) is like a cube
with the top and bottom faces twisted 45° into the antiprism arrangement, as shown in
Figure 3-9. It has three different bond angles for adjacent fluorines. [TaFg]®~ has
square antiprism symmetry, but is distorted from this ideal in the solid.” (A simple cube
has only the 109.5° and 70.5° bond angles measured between two corners and the cen-
ter of the cube, because all edges are equal and any square face can be taken as the bot-
tom or top.)

3-2-1 LONE PAIR REPULSION

‘We must keep in mind that we are always attempting to match our explanations to ex-
perimental data. The explanation that fits the data best should be the current favorite,
but new theories are continually being suggested and tested. Because we are working
with such a wide vartety of atoms and molecular structures, it is unlikely that a single,
simple approach will work for all of them. Although the fundamental ideas of atomic
and molecular structures are relatively simple, their application to complex molecules is
not. It is also helpful to keep in mind that for many purposes, prediction of exact bond
angles is not usually required. To a first approximation, lone pairs, single bonds, double
bonds, and triple bonds can all be treated simitarly when predicting molecular shapes.
However, better predictions of overall shapes can be made by considering some impor-
tant differences between lone pairs and bonding pairs. These methods are sufficient to
show the trends and explain the bonding, as in explaining why the H—N —H angle in
ammonia is smaller than the tetrahedral angle in methane and larger than the
H—0-—-H angle in water.

Steric number = 4

The isoelectronic molecules CH,4, NH3, and HyO (Figure 3-10) itlustrate the etfect of
lone pairs on molecular shape. Methane has four identical bonds between carbon and
each of the hydrogens. When the four pairs of electrons are arranged as far from each
other as possible, the result is the familiar tetrahedral shape. The tetrahedron, with all
H-—C—H angles measuring 109.5°, has four tdentical bonds.

1. L. Hoard, W. J. Martin, M. E. Smith, and . E Whitney, J. Am. Chem. Soc., 1954, 76, 3820.
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F

Fke,
F” ?«7
F

Equatorial lone pair

F

Axial loue pair

FIGURE 3-11 Structure of SF,.

FIGURE 3-12 Passible Structures
of C1F3

Ammonia also has four pairs of electrons around the central atom, but three are
bonding pairs between N and H and the fourth is a lone pair on the nitrogen. The nuclei
form a trigonal pyramid with the three bonding pairs; with the lone pair, they make a near-
ly tetrahedral shape. Because each of the three bonding pairs is attracted by two positive-
ly charged nuclei (H and N), these pairs are largely confined to the regions between the H
and N atoms. The lone pair, on the other hand, is concentrated near the nitrogen; it has no
second nucleus to confine it to a small region of space. Consequently, the lone pair tends
to spread out and to occupy more space around the nitrogen than the bonding pairs. As a
result, the H—N—H angies are 106.6°, nearly 3° smaller than the angles in methane.

The same principles apply to the water molecule, in which two lone pairs and two
bonding pairs repel each other. Again, the electron pairs have a nearly tetrahedral
arrangement, with the atoms arranged in a V shape. The angle of largest repulsion, be-
tween the two lone pairs, is not directly measurable. However, the lonc pair—bonding
pair ({p-bp) repulsion is greater than the bonding pair-bonding pair (bp-bp) repulsion,
and as a resnit the H—O—H bond angle is only [04.5°, another 2.1° decrease from
the ammonia angles. The net result is that we can predict approximate molecular shapes
by assigning more space to lone electron pairs; being attracted to one nucleus rather
than two, the lone pairs are able to spread out and occupy more space.

Steric number = 5

For trigonal bipyramidal geometry, there are two possible locations of lone pairs, axial
and equatorial, If there is a single lone pair, for example in §Fy4, the lone pair occupies
an equatorial position. This position provides the lone pair with the most space and min-
imizes the interactions between the lone pair and bonding pairs. If the lone pair were
axial, it would have three 90° interactions with bonding pairs; in an equatorial position
it has only two such interactions, as shown in Figure 3-11. The actual structure is dis-
torted by the lone pair as it spreads out in space and effectively squeezes the rest of the
molecule together.

CiF; provides a second example of the influence of lone pairs in molecules hav-
ing a steric number of 5. There are three possible structures for CIF;, as shown in
Figure 3-12. Lone pairs m the figore arc designated Ip and bonding pairs are bp.

iIn determining the structure of molecules, the lone pair-lone pair interactions
are most important, with the lone pair—bonding pair interactions next in importance.
In addition, interactions at angles of 90° or less are most important; larger angles gen-
erally have less influence, In CIF;, structure B can be eliminated quickly because of

. F F F
L F i . P
s - F F
A B C Experimental
Calculated Experimental
A B C
ip-Ip 180° o0° 120° cannot be determined
Ip-bp 6 at 90° 3 a1 90° 4 a1 90° cannot be determined
2 at 120° 2 at 120°
bp-bp Jat120° 2 at 90° 2 at 90° 2at87.5°
1at120° Axial CI—F 169.8 pm

Equatoriat C1—F 159.8 pm

FEETRRTR

R i, e T
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the 90° ip-Ip angle. The Ip-Ip angles are large for A and C, so the choice must come
from the Ip-bp and bp-bp angles. Because the Ip-bp angles are more important, C,
which has only four 90° Ip-bp interactions, is favored over A, which has six such in-
teractions. Experiments have confirmed that the structure is based on C, with stight
distortions due to the fone pairs. The lone pair-bonding pair repulsion causes the
Ip-bp angles to be larger than 90° and the bp-bp angles less than 90° (actually, 87.5°).
The C1—F bond distances show the repulsive effects as well, with the axial fluorines
(approximately 90° Ip-bp angles) at 169.8 pm and the equatorial fluorine (in the plane
with two lone pairs) at 159.8 pm.® Angles involving lone pairs cannot be determined
experimentally. The angles in Figure 3-12 are calculated assuming maximum symme-
iry consistent with the experimental shape.

Additional examples of sirnctures with fone pairs are illustrated in Figure 3-13.
E Notice that the structures based on a trigonal bipyramidal arrangement of electron pairs
around a central atom always place any lone pairs in the equatorial plane, as in SFy,
: BrF;, and XeF,. These are the shapes that minimize both lone pair-lone pair and lone
4 pair-bonding pair repulsions, The shapes are called teeter-totter or seesaw (SFy),
distorted T (BrF3), and linear (XeF,).

Number of Lone Pairs on Central Atom

Steric Number

None 1 2 3
2 :Cl==Be==Cl:
E |
3 | /Sn
SN ct™~ ¢l
F F om
HA N |
4 C o~ 04513{’10\:
H/ \H 106.6° 104, H
Cl 1730 F F 86'20 F
5 Clob g E g S
a 101.6°F(;!Sﬁ: it F LT
Cl i F F
F X .
6 F éf; F }F F )I(FF
e S F X
F7 | 5 e
F F §1.0° "

FIGURE 3-13 Structures Containing Lone Pairs.

BA. F. Wells, Structural Inorganic Chemistry, 5th ed., Oxford University Press, New York, 1984, p. 390,
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Chapter 3 Simple Bonding Theory

EXAMPLES

SbF4~ has a single lone pair on Sb. Its structure is therefore similar to SF,, with a lone pair
occupying an equatorial position. This lone pair causes considerabte distortion, giving an
F--8b—F (axial positions) angle of 1557 and an F—Sb—F (equatorial) angle of 90°.

SFs~  has a single lone pair. Its structure is based on an octahedron, with the ion disterted
away from the lone pair, as in IFs.

SeF3* has asingle lone pair. This lene pair reduces the F—Se—F bond angle significant-
1y, t0 94°,

EXERCISE 3-2
Predict the structures of the following ions. Include a description of distortions from the ideal
angles {(for example, less than 109.5° because ... ).

PCly~

NH,~ NH,* 1

3-2-2 MULTIPLE BONDS

The VSEPR model considers double and triple bonds to have slightly greater repulsive
effects than single bonds because of the repulsive effect of 7 electrons. For example,
the HaC—C—CH; angle in (CH3),C=CH, is smaller and the H;C —C~CH,
angle is larger than the trigonal 120° (Figure 3-14).°

Additional examples of the effect of multiple bonds on molecular geometry are
shown in Figure 3-15. Comparing Figures 3-14 and 3-15 indicates that multiple bonds
tend to occupy the same positions as lone pairs. For example, the double bonds to oxygen
in SOF,, Cl10.F3, and XeO3F, are all equatorial, as are the lone pairs in the matching
compounds of steric number 5, SFy, BrFa, and XeF,. Also, multiple bonds, like lone
pairs, tend to occupy more space than single bonds and to cause distortions that in effect
squeeze the rest of the molecule together. In molecules that have both lone pairs and mul-
tiple bonds, these features may compete for space; examples are shown in Figure 3-16.

EXAMPLES

HCP, like HCN, is linear, with a triple bond: H—C==P.

IQOF;™ has a single fone pair on the side opposite the oxygen. The ione pair has a slightly
greater repulsive effect than the double bond to oxygen, as shown by the average O —I[—F
angle of 89°. (Because oxygen is less electronegative than fluorine, the extra repulsive charac-
ter of the I==0 bond places it opposite the lone pair.)

$e0OCl, has both a lone pair and double bonding to the oxygen. The lone pair has a greater
effect than the double bond to oxygen; the Cl— Se — Cl angle is reduced to 97° by this effect,
and the C1 —Se—0 angle is 106°.

EXERCISE 3-3
Predict the structures of the following. Indicate the direction of distortions from the regular
structures.

XBOF2 CIOF3 S0C1 2

R.1 Gillespie and L Hargittai, The VSEPR Model of Molecular Geometry, Allyn & Bacon, Boston,
1991, p. 77.
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Number of Bonds with Multiple Bond Character

Steric Number
1 2 3 4
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* The bond angies of these molecules have not been determined accurately, However,
spectroscopic measurements are consistent with the structures shown.

FIGURE 3-15 Siructures Containing Multiple Bonds,
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3-2-3 ELECTRONEGATIVITY AND ATOMIC
SIZE EFFECTS

Electronegativity was mentioned earlier as a guide in the use of formal charge arguments. It
also can play an important role in determining the arrangement of outer atoms around a cen-
tral atom and in influencing bond angles. The effects of electronegativity and atomic size
frequently parallel each other, but in the few cases in which they have opposite effects, elec-
tronegativity seems to prevail. Table 3-3 contains data that we can use in this discussion.
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TABLE 3-3 - ‘ -
Electronegativity (Pauling Units) v o ’
1 2 12 13 i4 15 16 17 18
H He
2.300 4.160
Li Be B C N O F Ne
0.912 1.576 2.051 2544 3.066 3.610 4.193 4.787
Na Mg Al Si P S Cl Ar
0.869 1.293 1613 1.916 2253 2,589 2.869 3.242
K Ca Zn Ga Ge As Se Br Kr
0.734 1.034 1.588 1.736 1.994 2.211 2424 2,685 2.966
Rb Sr Cd In Sn Sb Te I Xe
0.706 0.963 1.521 1.656 1.824 1.934 2.158 2.359 2.582
Cs Ba Hg Tl Pb Bi Po At Rn
0.659 0.881 1.765 1.789 1.854 20D (2.19) (2.3 (2.60)

Source: 1. B. Mann, T. L. Meek, and L. C, Allen, J. Am. Chem. Soc., 2000, 122, 2780, Table 2.

Electronegativity scales

The concept of electronegativity was first introduced by Linus Pauling in the 1930s as a
means of describing bond energies. Bond energies of polar bonds (formed by atoms
with different electronegativities) are larger than the average of the bond energies of the
two homonuclear species. For example, HCI bas a bond energy of 428 kJ/mol, com-
pared to a calcnlated value of 336 kJ/mol, the average of the bond energies of H;
{432 kJ/mol) and Cl, (240 kJ/mol). From data like these, Pauling calculated elec-
tronegativity values that could be used to predict other bond energies. More recent val-
ues have come from other molecular properties and from atomic properties, such as
ionization energy and electron affinity. Regardless of the method of calculation, the
scale used is usually adjusted to give values near those of Panling to allow better com-
parison. Table 3-4 summarizes approaches used for determining different scales.

TABLE3-4 =~ -

Electronegativity Scales X S ,

Principal Authors Method of Calculation or Description

Pau]jngl0 Bond energies

Mulliken Average of electron affinity and ionization energy

Allred & Rochow 2 Electrostatic astraction proportional to Z*/r?

S;mdr}rson]?’ Electron densities of atoms

Pt‘,arson14 Average of electron affinity and ionization energy

Allen’? Average enetgy of valence shell electrons, configuration energies
Jaffé16 Osbital electronegativities

191, Pauling, The Nature of the Chemical Bond, 3vd ed., 1960, Cornell University Press, lthaca, NY;
A. L. Allred, J. Inorg. Nuci. Chem., 1961, 17,215,

VR, 8. Mulliken, J. Chem. Phys., 1934, 2, 782: 1935, 3, 573; W, Moffitt, Proc. R. Soc. (London),
1950, A202, 548; R. G. Parr, R. A. Donnelly, M. Levy, and W. E. Palke, J. Chem. Phys., 1978, 68, 3801-3807;
R. G. Pearson, Inorg. Chem., 1988, 27, 734-740; 8. G. Bratsch, J. Chem. Educ., 1988, 65, 34-41, 223226,

124 L. Allred and E. G. Rochow, J. Inorg. Nucl. Chem., 1958, 5, 264.

3R, T, Sanderson, J. Chem. Educ., 1952, 29, 539, 1954, 37, 2, 238&; Inerganic Chemistry, Van
Nostrand-Reinhold, New York, 1967.

YR, G. Pearson, Ace. Chem. Res., 1990, 23, 1.

B, €. Allen, J. Am. Chem. Soc., 1989, 177, 9003; I. B. Mann, T. L. Meek, and L. C. Allen, J. Am,
Chem. Soc., 2000, 122, 2780; J. B. Mann, T. L. Meek, E. T. Knight, I. F. Capitani, and L. C. Allen, J. Am.
Chem. Soc., 2000, 122, 5132,

187 Hinze and H. H. Jaffé, J. Am. Chem. Soc., 1962, 84, 540: J. Phys. Chem., 1963, 67, 1501; J. E.
Hukeey, Inorganic Chemistry, 3rd ed., Harper & Row, New York, 1983, pp. 152-156.

ot s e 1 bt oA 6 A e T P e s




e

e
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Appendix B-4 shows electronegativity values for a larger set of elements. Any set can
be used for the prediction of bond angles and molecular shape; specific sets are more
useful for the calculation of properties for which they are designed. A eraphic represen-
tation of electronegativity is in Figure 8-1.

Calculation of electronegativities from bond energies requires averaging over a
number of compounds to cancel out experimental uncertainties and other minor effects.
Methods that use jonization energies and other atomic properties can be calculated
more directly. The electronegativities reported here and in Appendix B-4 are suitable
for most uses, but the actual values for atoms in molecules may differ from this average,
depending on their electronic environment.

Many of those interested in electronegativity agree that it depends on the structure
of the molecule as well as the atom. Jaffé used this idea to develop a theory of the elec-
tronegativity of orbitals rather than atoms. Such theories are useful in detailed calcula-
tions of properties that change with subtle changes in structure, but we will not discuss
this aspect further. The differences between values from the different scales are rela-
tively small, except for those of the transition metals.'” All will give the same. results in
qualitative arguments, the way most chemists use them,

Remember that all electronegativities are measures of an atom’s ability to attract
electrons from a neighboring atom ro which it is bonded. A critique of alt electronega-
tivity scales, and particularly Pauling’s, describes conditions that all scales should meet
and many of their deficiencies.'®

With the exception of helium and neon, which have large calculated electronega-
tivities and no known stable compounds. fluorine has the largest value, and electroneg-
ativity decreases toward the lower left corner of the periodic table. Hydrogen, although
usually classifted with Group 1 (TA), is quite dissimilar from the alkali metals in i
electronegativity, as well as in many other properties, both chemical and physical. Hy-
drogen’s chemistry is distinctive from all the groups.

Electronegativities of the noble gases can be calculated more easily from ioniza-
tion energies than from bond energies. Because the noble gases have higher ionization
energies than the halogens, other calculations have suggested that the electronegativi-
ties of the noble gases may match or even exceed those of the halogens'® (Table 3-3).
The noble gas atoms are somewhat smaller than the neighboring halogen atoms (for ex-
ample, Ne is smaller than F) as a consequence of a greater effective nuclear charge. This
charge, which is able to attract noble gas electrons strongly toward the nucleus, is also
likely to exert a strong attraction on electrons of neighboring atoms; hence, the high
electronegativities predicted for the noble gases are reasonable.

Electronegativity and bond angles

Many bond angles can be explained by either electronegativity or size arguments. Mol-
ecules that have a larger difference in electronegativity values between their central and
outer atoms have smaller bond angles. The atom with larger electronegativity draws the
electrons toward itself and away from the central atom, reducing the repulsive effect of
those bonding electrons. The compounds of the halogens in Table 3-5 show this effect;
the compounds containing fluorine have smaller angles than those containing chlorine,
which in turn have smaller angles than those containing bromine or iodine. As a result,
the lone pair effect is relatively larger and forces smaller bond angles. The same result
is obtained if size is considered; as the size of the outer atom increases in the
F < Cl < Br < [series, the angle increases.

71, B. Mann, T. L. Meek, E. T. Knight, J. . Capitani, and L. C, Allen, J. Am. Chern, Soc., 2000, 122,5132.
B R Murphy, T. L. Meek, A. L. Allred, and L. C. Allen, J. Am. Chem. Soc., 2000, 722, 5867.
%L, C. Alier &nd 1. E. Huheey, J. Inorg. Nucl. Chem,, 1980, 42, 15323,
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TABLE 3-5 :
Bond Angles and Lengths ‘ ‘ o
Bond  Bond Bond  Bond Bond  Bond Bond  Bond
Angle  Length Angle  Length Angle  Length Angle  Length
Molecule (°) {(pm) Molecule (°) (pm) Molecule (°) (pm) Molecule  (°) (pm)
H,0 104.5 97 OF, 103.3 o, 110.9
H,S 92 135 SF, 98 159 SCl, 103 201
H,Se 91 146
H,Te 90 169
NH- 106.6 101.5 NF5 102.2 137 NCi4 106.8 175
PH; 93.8 142 PE, 97.8 157 PCl; 100.3 204 PBr; 101 220
AsH4 91.83 151.9 AsFy 96.2 i70.6 AsCl; 97.7 217 AsBry 97.7 236
SbH; 91.3 170.7 SbF, 87.3 i92 SbCl, 97.2 233 SbBr; 95 249

Source: N. N. Greenwood and A. Bamshaw, Chemistry of the Elements, 2nd ed., Butterworth-Heinemann, Oxford, 1997, pp. 557, 767, A. F.
Wells, Structural Inorganic Chemisiry, 5th ed., Oxford University Press, Oxford, 1987, pp. 703, 793, 846, and 879.

For the molecules containing hydrogen, neither the electronegativity nor the size
argument works well. NHs should have the largest angle in the series of nitrogen com-
pounds based on the electronegativity argument and the smallest angle based on the size
argument; instead, it has nearly the same angle as NCls. Similar problems are found for
H-0, H,S, PH;, AsH;, and SbHj3. The two effects seem to counterbalance each other,
resulting in the intermediate angles.

Similar arguments can be made in situations in which the outer atorns remain the
same but the central atom is changed. For exarmple, consider the hydrogen series and
the chlorine series in Table 3-3. For these molecules, the electronegativity and size of the
central atom need to be considered. As the central atom becomes more electronegative, it
pulls elecirons in bonding pairs more strongly toward itself. This effect increases the
concentration of bonding pair electrons near the central atom, causing the bonding pairs
to repel each other more strongly, increasing the bond angles. In these situations, the
compound with the most electronegative central atorn has the largest bond angle.

The size of the central atom can also be used to determine the angles in the series.
When the central atom is larger, all the electron pairs are naturally at greater distances from
each other. However, the effect is greater for the bonded pairs, which are pulled away from
the central alom by outer atoms. This leads to a relatively larger repulsive effect by the lone
pairs and decreasing angles in the order O > § > Se > Te and N > P > As > Sb.

EXERCISE 3-4

Which compound has the smallest bond angle in each series?

a. OSF 051, OSBr; {halogen —S — halogen angle)}
b.  SbCly SbBry Sbl,

C. PI3 ASI3 Sb13

3-2-4 LIGAND CLOSE-PACKING

Another approach to bond angles has been developed by Gillespie.? The ligand close-
packing (LCP) model uses the distances between the outer atoms in molecules as a
guide. For a series of molecules with the same central atorn, the nonbonded distances
between the outer atoms are consistent, but the bond angles and bond lengths change.
For example, a series of BF,X and BFX compounds, where X = F, OH, NH-, CI, H,
CH;, CF;, and PH;, have B—F bond distances of 130.7 to 142.4 pm and F—B—F

2R, 1. Gillespie, Coord. Chem. Rev., 2000, 197, 51.
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' TABLE 3-6 S

Ligand Close-Packing Data , . i ,
Molecule Coordination Number of B B—F Distance (pm} FBF Angle (°) E-+-F Distance (pm)
BF; 3 130.7 120.0 226
BF,0H 3 132.3 118.0 227
BF.NH, 3 132.5 {17.9 227
BF,(l1 3 131.5 118.1 226
BF;H 3 1311 118.3 225
BF,BF, 3 1317 117.2 225
BE, 4 138.2 1095 226
BF;CH;™ 4 1424 105.4 227
BF,CF5~ 4 139.1 1099 228
BFs:PH; 4 137.2 112.1 228
BF3NMe; 4 1372 11L5 229

SoURCE: R. 1. Gillespie and P. L. A. Popelier, Chemical Bonding and Molecular Geometry, Oxtord University Press, New York, 2001, Table 5.3,
p. 119; R. 1. Gillespie, Coord. Chem. Rev., 2000, 197, 51.

bond angles of 105.4° to 120.0°, but the nonbonded F---F distances remain nearly
constant at 225 to 229 pm. Examples are shown in Table 3-6. Gillespie and Popelier
have also described several other approaches to molecular geometry, together with
their advantages and disadvantages.21

3-3  Whenever atoms with different electronegativities combine, the resulting molecule has
POLAR MOLECULES polar bonds, with the electrons of the bond concentrated (perhaps very slightly) on the
more electronegative atom; the greater the difference in electronegativity, the more
polar the bond, As a result, the bonds are dipolar, with positive and negative ends. This
polarity causes specific interactions between molecules, depending on the overall
structure of the molecule.

Experimentally, the polarity of molecules is measured indirectly by measuring
the dielectric constant, which is the ratio of the capacitance of a cell filled with the sub-
stance to be measured to the capacitance of the same cell with a vacuum between the
electrodes. Orientation of polar molecules in the electric field partially cancels the ef-
fect of the field and results in a larger dielectric constant. Measurements at different
temnperatures allow calculation of the dipole moment for the molecule, defined as

po=Qr

where (2 is the charge on each of two atoms separated by a distance, %% Dipole mo-
ments of diatomic molecules can be calculated directly. In more complex molecules,
vector addition of the individual bond dipole moments gives the net molecular dipole
moment. However, it is usually not possible to calculate molecular dipoles directly from
bond dipoles. Table 3-7 shows experimental and calculated dipole moments of
chloromethanes. The values calculated from vectors use C—H and C—Cl! bond
dipoles of 1.3 and 4.9 x 107 C m, respectively, and tetrahedral bond angles. Part of
the discrepancy arises from bond angles that differ from the tetrahedral, but the column

0 A vt

2R, 5, Gillespie and P. L. A. Popelier, Chemical Bonding and Molecular Geometry, Oxford Universi-
ty Press, New York, 2001, pp. 113~133.

22The ST unit for dipole moment is cou/omb meter (€ m), but a commonly used unit is the debye (D).
1D =3338x10°Cm
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FIGURE 3-17 Bond Dipoles and

Molecular Dipoles.

TABLE3.7 S g

Dipote Moments of Chlioromethanes ,
Molecule Experimental (D) Calculated (D)

Calculated Calculated by
from Vectors PC Spartan

CH,yC1 1.87 1.77 1.51
CHLCL, 1.60 2.08 1.50
CHCI4 1.01 1.82 116

SoURCE: Experimental data, Handbook of Chemistry and Physies, 66th ed., CRC Press, Cleveland, OH,
198586, p. E-38 (from NBS table NSRDS-NBS 10); Spartan, see footnote 23.

of data from PC Spartan,” a molecular modeling program, shows the difficuity of cal-
culating dipoles. Clearly, calculating dipole moments is more complex than simply
adding the vectors for individual bond moments, but we will not consider that here. For
most purposes, a qualitative approach is sufficient.

The dipole moments of NH;, H,0, and NF; (Figure 3-17) reveal the effect of
lone pairs, which can be dramatic, In ammonia, the averaged N—H bond polarities and
the lone pair all point in the same direction, resulting in a large dipole moment. Water
has an even larger dipole moment because the polarities of the O— H bonds and the
two lone pairs results in polarities all reinforcing each other. On the other band, NF; has
a very smail dipole moment, the result of the polarity of the three N—F bonds oppos-
ing polarity of the lone pair. The sum of the three N—F bond moments is larger than
the lone pair effect, and the lone pair is the positive end of the molecule. In cases such
as those of NF; and 803, the direction of the dipole is not easily predicted becanse of
the opposing polarities. SOy has a large dipole moment (1.63 D), with the polarity of
the lone pair prevailing over that of the S— O bonds.

Molecules with dipole moments interact electrostatically with each other and
with other polar molecules. When the dipoles are large enough, the molecules orient
themselves with the positive end of one molecule toward the negative end of another be-
cause of these attractive forces, and higher melting and boiling points result. Details of
the most dramatic effects are given in the discussion of hydrogen bonding later in this
chapter and in Chapter 6.

On the other hand, if the molecule has a very symmetric structure or if the polari-
ties of different bonds cancel each other, the molecule as a whole may be nonpolar, even
though the individual bonds are quite polar. Tetrahedral molecules such as CH, and
CCly and trigonal molecules and ions such as SOz, NO2 , and CO327 are all nonpolar.
The C —H hond has very little polarity, but the bonds in the other molecules and ions
are quite polar. In all these cases, the sum of all the polar bonds is zero because of the
symmetry of the molecules, as shown in Figure 3-18,

Nonpelar molecules, whether they have polar bonds or not, still have intermolec-
ular attractive forces acting on them. Small fluctuations in the electron density in such

iI} IS_ \(I) 18— IL IS+
H/* ,}{H 5t H/ '\H 5t j=ot )T‘F 5

F

Net dipole, 1.47 D Net dipole, 1.85 D Net dipole, 0.23 D

Calculated, 1.85 D Calculated, 1.86 D Calcuviated, 0.32 D

23Sparlan is obtainable from Wavefunction, Inc., 18401 Von Karman Ave, Suite 370, Irvine, CA
92612; see http:/www. wavefun.com.
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FIGURE 3-18 Canceilation of
Bond Dipoles due to Molecular
Symmetry.
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FIGURE 3-19 Boiling Points of
Hydrogen Compounds.
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H Cl 0
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Zero net dipole for all three

molecules create small temporary dipoles, with extremely short lifetimes. These dipoles
in turn attract or repel electrons in adjacent molecules, setting up dipoles in them as
well. The result is an overall attraction among molecules. These attractive forces are
called London or dispersion forees, and make liquefaction of the noble gases and non-
polar molecules such as hydrogen, nitrogen, and carbon dioxide possible. As & general
rule, London forces are more important when there are more electrons in a molecule,
because the attraction of the nuclei is shielded by inner electrons and the electron cloud
is more polarizable.

Ammonia, water, and hydrogen fluoride all have much higher boiling points than other
similar molecules, as shown in Figure 3-19. In water and hydrogen fluoride, these high
boiling points are caused by hydrogen bonds, in which hydrogen atoms bonded to O or
F also form weaker bonds to a lone pair of electrons on another O or F. Bonds between
hydrogen and these strongly electronegative atoms are very polar, with a partial
positive charge on the hydrogen. This partially positive H is strongly attracted to the
partially negative O or F of neighboring molecules. In the past, the attraction among
these molecules was considered primarily electrostatic in nature, but an alternative
molecular orbital approach, which will be described in Chapters 5 and 6, gives a more
complete description of this phenomenon. Regardless of the detailed explanation of

H,0
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FIGURE 3-20 Dimer Structures in
the Gas Phase. (a) Known hydrogen-
bonded structures. Ry = hydrogen
bond distance. (b) Proposed struc-
tures of the NHj dimer and trimer.

the forces involved in hvdrogen bonding, the strongly positive H and the strongly
negative lone pairs tend to line up and hold the molecules together. Other atoms with
high clectronegativity, such as Cl, can also form hydrogen bonds in strongly polar
molecules such as chloroform, CHCl,.

In general, boiling points rise with increasing molecular weight, both because the
additional mass requires higher temperature for rapid movement of the molecules and
because the larger number of electrons in the heavier molecules provides larger London
forces. The difference in temperature between the actual boiling point of water and the
extrapolation of the line connecting the boiling points of the heavier analogous com-
pounds is almost 200° C, Ammonia and hydrogen fluortde have similar but smaller dif-
ferences from the extrapolated values for their families. Water has a much larger effect,
because each molecule can have as many as four hydrogen bonds (two through the lone
pairs and two through the hydrogen atoms). Hydrogen fluoride can average no more
than two, because HF has only one H available,

Hydrogen bonding in ammeonia is less certain. Several experimental studies®* in
the gas phase fit a mode) of the dimer with a “cyclic” structure, although probably asym-
metric, as shown in Figure 3-20(b). Theoretical studies depend on the method of calcula-
tion, the size of the basis set used (how many functions arc used in the fitting), and the
assumptions vsed by the investigators, and conclude that the structure is either linear or
cyclic, but that in any case it is very far from rigid.25 The umbrella vibrational mode (in-
verting the NHj tripod like an umbrella in a high wind) and the interchange mode (in
which the angles between the molecules switch) appear to have wansitions that allow
easy conversions between the two extremes of a dimer with a near-linear N —H—N hy-
drogen bond and a centrosymmetric dimer with Cyp, symmetry. Linear N—H—N
bonds seem more likely in larger clusters, as confirmed by both experiment and calcula-
tion. There is no doubt that the ammonia molecule can accept a hydrogen and form a hy-
drogen bond through the lone pair on the nitrogen atom with H,O, HF, and other polar
molecules, but it does not readily donate a hydrogen atom to another molecule. On the
other hand, hydrogen donation from nitrogen to carbonyl oxygen is common in proteiis
and hydrogen bonding in both directions to nitrogen is found in the DNA double helix.

N-—H—N
q \ / e
\F HF .“:‘0_-..}-{_(}\ Not observed
H _H
Ry=183A Ry=205 A " N_*,_é.;‘;*N/_ _H
\ TN
-l - H H
Q----HF N---H --O\
Ry=180A Ry =202 A R, H. suH
t)
e HE He,H
/ /1‘{
Ry=178 4 H H
(&) (b)

%p. D. Nelson, Ir., G. T. Fraser, and W. Klemperer, Science, 1987, 238, 1670; M. Behrens, U. Buck,
R. Friochtenicht, and M. Hartinann, J. Chem. Phys., 1997, 107, 7179: F. Huisken and T. Pertsch, Chem. Phys.,
1988, 7126, 213.

2], 8. Lee and S. Y. Park, J. Chem. Phys., 2001, 172, 230; A. van der Avoird, E. H. T. Olthof, and
P. E. 8. Wormer, Faraday Discuss., 1994, 97, 43, and references therein.
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Water has other unusual properties because of hydrogen bonding. For example,
the freezing point of water 1s much higher than that of similar molecules. An even more
striking feature is the decrease in density as water freezes. The tetrahedral structure
around each oxygen atom with two regular bonds to hydrogen and two hydrogen bonds
to other molecules requires a very open striicture with large spaces between ice mole-
cules (Figure 3-21). This makes the solid less dense than the more random liquid water
surrcunding it, so ice floats. Life on earth would be very different if this were not so.
Lakes, rivers, and oceans would freeze from the bottom up, ice cubes would sink, and
ice fishing would be impossible. The results are difficult to imagine, but would certain-
ly require a much ditferent biclogy and geology. The same forces cause coiling of pro-
tein and polynucleic acid maolecules (Figure 3-22); a combination of hydrogen bonding
with other dipolar forces imposes considerable secondary structure on these large mol-
ecules. In Figure 3-22(a), hydrogen bonds between carbonyl oxygen atoms and hydro-
gens attached to nitrogen atoms hold the melecule in a helical structure. In
Figure 3-22(b), similar hydrogen bonds hold the parallel peptide chains together; the
bond angles of the chains result in the pleated appearance of the sheet formed by the
peptides. These are two of the many different structures that can be formed from pep-
tides, depending on the side-chain groups R and the surrounding environment.

Another example is a theory of anesthesia by non-hydrogen bonding molecules
such as cyclopropane, chloroform, and nitrous oxide, proposed by Pauling.*® These
molecules are of a size and shape that can fit neatly into a hydrogen-bonded water
structure with even larger open spaces than ordinary ice. Such structures, with mole-
: cules trapped in holes in a solid, are called clathrates. Pauling proposed that similar
] hydrogen-bonded microcrystals form even more readily in nerve tissue because of the
‘ presence of other solutes in the tissue. These microcrystals could then interfere with the

transmission of nerve impuises. Similar structures of methane and water are believed to

AR 4 25 he € v o

FIGURE 3-21 Two Drawings of Iee. (1) From T. L. Brown and H. E, LeMay, Ir., Chemisiry, The
Central Science, Prentice Halt, Englewood Cliffs, NJ, 1988, p. 628. Reproduced with permission.
The rectangular lines are included to aid visunalization; all bonding is between hydrogen and oxygen
atoms. (b) Copyright © 1976 by W. G, Davies and I, W, Moore, used by permission; reprinted from
Chemistry, . W. Moore, W. G. Davies, and R. W. Collins, McGraw-Hill, New York, 1978. All rights
reserved.

251, Pauling, Science, 1961, 134, 15.
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FIGURE 3-22 Hydrogen-Bonded
Protein Structures. (a) A protein &
helix. Peptide carbonyls and N-—H
hydrogens on adjacent tums of the
helix are hydrogen-bonded. {From

T. L. Brown and H, E. LeMay, Ir.,
Chemistry, the Central Science,
Prentice Hall, Englewood Clifis,

NI, 1988, p. 946, Reproduced with
permission.) (b) The pleated sheet
arrangement, Each peptide carbonyl
group is hydrogen-bonded to a N—H
hydrogen on an adjacent peptide
chain. (Reproduced with permaission
from L., G. Wade, Jt., Organic Chem-
istry, Prentice Hall, Englewood Cliffs,
NI, 1988, pp. 1235-1256.)

hold large quantities of methane in the polar ice caps. The amount of methane in such

crystals can be so great that they burn if ignited.”

More specific interactions involving the sharing of electron pairs between mole-
cules are discussed in Chapter 6 as part of acid—base theories.

YL, A Stern, S. H. Kirby, W. B. Durham, Science, 1996, 273, 1765 (cover picture), 1843.
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GENERAL
REFERENCES

Good sources for bond lengths and bond angles are the references by Wells, Greenwood
and Earnshaw, and Cotton and Wilkinson cited in Chapter 1. Appendix D provides a re-
view of electron-dot diagrams and formal charges at the level of most general chemistry
texts. Alternative approaches to these topics are available in most general chemistry
texts, as are descriptions of VSEPR theory. One of the best VSEPR references is still the
early paper by R. J. Gillespie and R. S. Nvholm, 0. Rev. Chem. Soc. 1957, XI, 339-380.
More receni expositions of the theory are in R. J. Gillespie and 1. Hargittai, The VSEPR
Model of Molecular Geometry, Allyn & Bacon, Boston, 1991, and R. J. Gillespie and P.
L. A, Popelier, Chemical Bonding and Molecular Geometry: From Lewis to Electron
Densities, Oxford University Press, New York, 2001. Molecular orbital arguments for
the shapes of many of the same molecules are presented in B. M. Gimarc, Molecular
Struciure and Bonding, Academic Press, New York, 1979, and J. K. Burdett, Molecular
Shapes, John Wiley & Sons, New York, 1980.

PROBLEMS

31 The dimethyldithiocarbamate ion, [SoCN(CH3),| 7, has the following skeletal structure:
s\,

AN
S CH,

a. Give the important resonance structures of this ion, including any formal charges
where necessary. Select the resonance structure likely to provide the best descrip-
tion of this ion.

b. Repeat for dimethylthiocarbamate, [OSCN(CH3),] ™.

3-2  Several resonance structures are possible for each of the following ions. For each, draw
these resonance structures, assign formal charges, and select the resonance structure
likely to provide the best description for the ion,

a. Selenocyanate jon, SeCN™

o |

b. Thioformate ion, H—C <
S

¢. Dithiocarbonate, [S;CO1?™ (C is central)

3.3  Draw the resonance structures for the isoelectronic ions NSO~ and SNO™, and assign
formal charges. Which ion is likely to be more stabie?

3.4  Three isomers having the formula NoCO are known: ONCN (nitrosyl cyanide), ONNC
(nitrosyl isocyanide), and NOCN (isonitrosyl cyanide). Draw the most important teso-
nance structures of these isomers, and determine the formal charges, Which isomer do
you predict to be the most stable (lowest energy) form? (Reference: G. Maier, H. P.
Reinsenauer, J. Eckwert, M. Naumann, and M. De Marco, Angew. Chem., Int. Ed.,
1997, 36, 1707.)

3.5 Predict and sketch the siructure of the (as yet) hypothetical ion Ingf.

3-6  Select from each set the molecule or ion having the smallest bond angle, and briefly ex-
plain your choice:

a. NH,, PH, or AsH,
b 035,05, 0r 03"

r

P B
0 \C]CI O }:F (halogen—3S —halogen angle)

- NOQ_ or 03
. C1037 or BrO;~

-9
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3-7
3-8

3-9

3-10

311

3.12

3-13

3-14

3-15
3-16

317

3-18

3-1%

Sketch the most likely structure of PCl3Br, and explain your reasoning.

Give Lewis dot structures and sketch the shapes of the following:

a. SeCly b. Iy~

¢. PSCI; (P is central) d. IF,~

e. PH,™ f. TeFs

g Ni h. SeOQCl, {Se is central)
i PH" Jj. NO

Give Lewis dot structures and sketch the shapes of the following:
a. ICl,~ b. HiPO; (one H is bonded to P)
¢. BHy d. POCl;

e. 104 f. I0(OH)s

g. SOClL, h. CIOF,”

i. XeO,F, jo CIOF,”"

Give Lewis dot structures and sketch the shapes of the following:

a. SOFg (one Fis attached to O)  h. POF;

c. CiO, d. NO;

e. ;0,7 (symmetric, with an §-—8 bond}

f. N-oH, (symmetric, with an N—N bond)

a. Compare the structures of the azide jon, N3~, and the ozone molecule, 0.

b. How would you expect the structure of the ozonide ion, O3, to differ from that of
ozone?

Give Lewis dot structures and shapes for the following;

a. VOCl b. PCl; ¢. SOF,

d. C1027 €, CIO3_ f. P406

(P40 is a closed structure with overall tetrahedral arrangement of phosphorus atoms;
an oxygen atom bridges each pair of phosphorus atoms.)

Consider the series NH;, N(CHz)3, N(SiH3)s, and N(GeHj3);. These have bond an-
gles at the nitrogen atom of 106.6°, 110.9°, 120°, and 120°, respectively. Account for
this trend.

Explain the trends in bond angles and bond lengths of the following tons:

X—0 O0—X—0
(pm} Angle
C10,™ 149 to7°
BrO;~ 165 104°
104~ 181 Log°

Compare the bond orders expected in C105™ and Cl10y ™ ions.

Give Lewis dot structures and sketch the shapes for the following:

a. PH3 b. HoSe ¢. SeF;

d. PFs e. IC1; . XeO,
g. NOy~ h. SnCl, i PO,
j- SFg k. IF; L ICl

m. $,05%° . BFCl

Which of the molecules or ions in Problem 3-16 are polar?

Carbon monoxide has a larger bond dissociation energy (1072 kJ/meol) than molecular
nitrogen (945 kJ/mol). Suggest an explanation.

a. Which has the Jonger axial P—F distance, PF3(CH )3 or PF,(CF5);7 Explain briefly.
h. Al,0 has oxygen in the center. Predict the approximate bond angle in this molecule
and explain your answer.
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3-20

3.21

3-22

3-23

L-L charge =

324

3-25

3-26

3-27
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¢. Predict the structure of CAly. (Reference: X. Li, L-S. Wang, A. 1. Boldyrev, and
I. Simons, J. Am. Chem. Soc., 1999, 121, 6033.)

For each of the following bonds, indicate which atom is more negative. Then tank the

series in order of polarity.
2 C—N h N—O ¢ C—I d O—Cl e P—Br f S—Cl

Explain the following:
a. PCl; is a stable molecule, but NCls is not.
b. SF, and SFg are known, but OF; and OF; are not.

Provide explanations for the following:

a. Methanol, CH;O1, has a much higher boiling point than methyl mercaptan, CH;SH.

b. Carbon monoxide has slightly higher melting and boiling points than N.

¢. The ortho isomer of hydroxybenzoic acid [CgH(OHYCO,H)] has a much lower
melting point than the mera and para isomers.

d. The boiling points of the noble gases increase with atomic number.

e. Acetic acid in the gas phase has a significantly lower pressure (approaching a limit
of one half) than predicted by the ideal gas law.

f. Mixtures of acetone and chloroform exhibit significant negative deviations from
Raoult’s law (which states that the vapor pressure of a volatile liquid is proportional
to its mole fraction). For example, an equimolar mixture of acetone and chloroform
has a lower vapor pressure than either of the pure liquids.

L. C. Allen has suggested that a more meaningful formal charge can be obtained by tak-
ing into account the electronegativities of the atoms involved. Allen’s formula for this
type of charge, referred to as the Lewis-Langmuir (L.-L) charge, of an atom, A, bonded
to another atom, B, is

(USygroup _ number of unshared 9 Xa number of bonds
number of A electrons on A &/ v o + xp \between A and B

where y, and xp designate the electronegativities. Using this equation, calculate the
L-L charges for CO, NO™, and HF and compare the results with the corresponding for-
mal charges. Do you think the .-L charges are a better representation of electron distri-
bution? (Reference: L. C. Allen, J. Am. Chem. Soc., 1989, /11,9115.)

Predict the structure of I(CF3)Cl;. Do you expect the CF; group to be in an axial or
equatorial position? Why? (Reference: R. Minkwitz and M. Merkei, norg. Chem.,
1999, 38, 5041.)

Two ions isoelectronic with carbon suboxide, C30,, are N5 and OCNCO™, Whereas
(305 is linear, both N5™ and OCNCO™ are bent at the central nitrogen. Suggest an
explanation. Also predict which has the smaller outer atom—N—outer atom angle
and explain your reasoning. (References: 1. Bernhardi, T. Drews, and K. Seppelt,
Angew. Chem., Int. Ed., 1999, 38, 2232; K. O. Christe, W. W. Wilson, I. A. Sheehy, and
I. A. Boatz, Angew. Chem., Int. Ed., 1999, 38, 2004.)

The thiazyl dichloride ion, NSCl,™, has recently been reported. This ion is

isoelectronic with thionyl dichloride, OSCl;.

a. Which of these species has the smaller C1—S8 —CI angle? Explain briefly.

b, Which do vou predict to have the longer S—Cl bond? Why? (Reference: E.
Kessenich, F. Kopp, P. Mayet, and A. Schulz, Angew. Chem., Int. Ed., 2001, 40, 1904.)

Although the C —F distances and the F—C—F bond angles differ considerably in
F,C=CF,, F,C0, CF,, and F;CO™ (C—F distances: 131.9t0 139.2 pm; F—C—F
bond angles: 101.3° to 109.5°), the F- -+ F distance in all four structures is very nearly
the same {213 to 218 pm). Explain, using the LCP model of Gillespie. (Reference: R. J.
Gillespie, Coord. Chem. Rev., 2000, 197, 51.)



