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PREFACE

The aim of this book is to provide undergraduate students with an introduction to models
and theories of chemical bonding and geometry as applied to the molecules of the main group
elements. We hope that it will give the student an understanding of how the concept of the
chemical bond has developed from its earliest days, through Lewis’s brilliant concept of the
electron pair bond up to the present day, and of the relationships between the various mod-
els and theories. We place particular emphasis on the valence shell electron pair (VSEPR)
and ligand close packing (LCP) models and the analysis of electron density distributions by
the atoms in molecules (AIM) theory.

Chapter 1 discusses classical models up to and including Lewis’s covalent bond model
and Kossell’s ionic bond model. It reviews ideas that are generally well known and are an
important background for understanding later models and theories. Some of these models,
particularly the Lewis model, are still in use today, and to appreciate later developments,
their limitations need to be clearly and fully understood.

Chapter 2 discusses the properties of bonds such as bond lengths and bond energies,
which provide much of the experimental information on which bonding concepts and ex-
planations of geometry have been mainly based. Again this is a brief summary at a fairly el-
ementary level, serving mainly as a review. No attempt is made to deal with the experimental
details of the many different experimental methods used to obtain the information discussed.

In the 1920s it was found that electrons do not behave like macroscopic objects that are
governed by Newton’s laws of motion; rather, they obey the laws of quantum mechanics.
The application of these laws to atoms and molecules gave rise to orbital-based models of
chemical bonding. In Chapter 3 we discuss some of the basic ideas of quantum mechanics,
particularly the Pauli principle, the Heisenberg uncertainty principle, and the concept of elec-
tronic charge distribution, and we give a brief review of orbital-based models and modern
ab initio calculations based on them.

Chapter 4 discusses the well-known VSEPR model. Although this model can be regarded
as an empirical model that does not directly use quantum mechanical ideas, its physical ba-
sis is to be found in the Pauli principle. This dependence on a quantum mechanical concept
has not always been clearly understood, so we emphasize this aspect of the model. We have
tried to give a rather complete and detailed review of the model, which has been somewhat
modified over the years since it was first proposed in 1957.

Xi



xii W Preface

It has long been recognized that steric interactions between large atoms or groups in a
molecule may affect the geometry, and about 40 years ago it was suggested that repulsive
interactions between even relatively small atoms attached to a central atom often constitute
an important factor in determining molecular geometry. Nevertheless, the importance of
ligand-ligand repulsions in determining the geometry of many molecules, which led to the
development of the ligand close-packing model, was not clearly established until quite re-
cently. This model, which provides an important and useful complement to the VSPER model,
is described in Chapter 5.

In recent years increasingly accurate information on the electron density distribution in
a molecule has become available from ab initio calculations and X-ray crystallographic stud-
ies. The atoms in molecules (AIM) theory developed by Bader and his coworkers from the
1970s on provides the basis for a method for analyzing the electron density distribution of
a molecule to obtain quantitative information about the properties of atoms as they exist in
molecules and on the bonds between them. This theory is discussed in Chapters 6 and 7. Un-
fortunately, AIM has remained until now a rather esoteric mathematical theory whose great
relevance to the understanding of bonding and molecular geometry has not been widely ap-
preciated. We give a pictorial and low-level mathematical approach to the theory suitable for
undergraduates.

Chapters 8 and 9 are devoted to a discussion of applications of the VSEPR and L.CP
models, the analysis of electron density distributions to the understanding of the bonding and
geometry of molecules of the main group elements, and on the relationship of these models
and theories to orbital models. Chapter 8 deals with molecules of the elements of period 2
and Chapter 9 with the molecules of the main group elements of period 3 and beyond.

We welcome comments and suggestions from readers. Please send comments via e-mail to
either gillespie@mcmaster.ca or pla@umist.ac.uk. For more information about our research, please
visit our web sites—Ronald Gillespie at http://www.chemistry.mcmaster.ca/faculty/gillespie and
Paul Popelier at http://www.ch.umist.ac.uk/popelier.htm.
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THE CHEMICAL BOND: CLASSICAL
CONCEPTS AND THEORIES

BB B

@ 1.1 Introduction

Whenever two or more atoms are held strongly together to form an aggregate that we call a
molecule, we say that there are chemical bonds between them. From the time that the con-
cepts of a molecule and a chemical bond were first developed, chemists have been intrigued
by the fundamental question: What is a chemical bond? And by other related questions such
as: What forces hold atoms together? Why do atoms combine in certain fixed ratios? and
What determines the three-dimensional arrangement of the atoms in a molecule? For many
years chemists had no clear answers to these questions. Today, as the result of using a vari-
ety of physical techniques, such as X-ray crystallography, electron diffraction, and microwave
spectroscopy, we have accumulated detailed information on several hundred thousand mol-
ecules. This information, together with the advance in our understanding of the fundamen-
tal laws of nature that was provided by the advent of quantum mechanics in the mid-1920s,
has led to some reasonably good answers to these fundamental questions, as we discuss in
this book. But our understanding is still far from complete and, as new molecules are dis-
covered and synthesized, established ideas often need to be modified. So the nature of the
chemical bond is a subject that continues to intrigue chemists. In this chapter we will see
how ideas about the chemical bond and molecular geometry developed before the advent of
quantum mechanics. Many of these ideas, such as Lewis’s electron pair, have been incor-
porated into the quantum mechanically based theories, and we still use them today.

® 1.2 Valence

Observations that compounds have fixed compositions and that therefore their atoms are
combined in fixed ratios led to the determination of atomic masses and later to the concept
that the atoms of a given element have a characteristic combining power; that is, each atom
can form a certain number of bonds called its valence. Because a hydrogen atom does not
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normally combine with more than one other atom, it is given a valence of 1—it is said to be
univalent. A chlorine atom, which combines with one hydrogen atom to form the molecule
HCl, is also said to have a valence of 1, while an oxygen atom, which forms bonds with two
hydrogen atoms to give the molecule H,O, is said to have a valence of 2, and so on. In other
words, the valence of an element is defined as the number of hydrogen or other univalent
atoms that it will combine with. For example, the formula of the methane molecule, CHy,
shows that carbon has a valence of 4, and the formula of boron trichloride, BCls;, shows that
boron has a valence of 3. Some elements have several valences. For example, sulfur has a
valence of 2 in SCl,, a valence of 4 in SF; and SO,, and a valence of 6 in SFg and SOs.

@ 1.3 The Periodic Table of the Elements

The periodic table of the elements proposed by Mendeleev in 1869 was one of the great land-
marks in the development of chemistry. Mendeleev showed that when the elements that were
known at that time were arranged in order of their atomic weights

Li, Be, B, C, N, O, F, Na, Mg, Al, Si, P, S, CLL K, Ca, . . .,

their properties varied in a very regular manner, similar properties recurring at definite in-
tervals. For example, in the series Li, Be, B, C, N, O, F, the properties of these elements
change progressively from those of a metal to those of a nonmetal, and the valence increases
from 1 for Li up to 4 for carbon and then back to 1 for fluorine, as is illustrated by the for-
mulas of the fluorides of these elements: LiF, BeF,, BF;, CF4, NF3;, OF, F,. The next ele-
ment, sodium, has properties that closely resemble those of Li and begins a new series (Na,
Mg, Al, Si, P, S, Cl) in which each element has properties that closely resemble the corre-
sponding element in the first series, ending with chlorine, which has properties very similar
to those of fluorine. Similar series can also be recognized among the heavier elements.
Mendeleev took advantage of this regular recurrence of similar properties to arrange the el-
ements in the form of a table, known as the periodic table in which elements with similar
properties came in the same column of the table (Box 1.1). A modern version of Mendeleev’s
table is shown in Figure 1.1.

Each vertical column in the table is called a group, and each horizontal row is called a
period. The number of elements in successive periods is

2,8, 8,18, 18, 32, (32)

Not all the possible 32 elements in the seventh period are known at the present time. Some
of them are very unstable (radioactive), having been synthesized from more stable elements
only in recent years, while some remain to be made. The groups numbered 1, 2, and 13-18
are known as the main groups, and the 10 groups 3-12, which start in the fourth period, are
called the transition groups. Some of the groups have special names. For example, the el-
ements in group 1 are known as the alkali metals, those in group 2 as alkaline earth metals,
those in group 17 as the halogens, and those in group 18 as the noble gases. Hydrogen ap-
pears in group 1 in Figure 1.1 but it is not an alkali metal, although it does become metal-
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Mendeleev’s genius can be appreciated when we remember that only 62 elements were
known when he formulated the periodic table. To bring similar elements together in
the table, he ignored the atomic masses of a few elements, suggesting that they were
incorrect, and he was forced to leave some gaps, which he predicted would be occu-
pied by elements that had not then been discovered, some of whose properties he ven-
tured to predict. It was not until some of these elements were discovered and shown
to have properties that agreed well with Mendeleev’s predictions that many chemists
overcame their initial skepticism about the value of the periodic table. Moreover, the
later redetermination of some atomic masses, the discovery of isotopes, and the real-
ization that the order of the elements is based on atomic numbers rather than atomic
masses, provided justification for the cases in which Mendeleev ignored the order of
atomic masses. Many modifications of Mendeleev’s original table have been suggested,
but the table in Figure 1.1, which is widely used today, is not very different from that
originally proposed by Mendeleev; many additional elements have been incorporated,
but without changing the overall structure of the original table. The periodic table not
only gave chemists a very useful classification of the elements, but it played a vital
role in the elucidation of the structure of atoms and the understanding of valence. To-
day it still remains a most useful working tool for the chemist.

lic at high pressures. Alternatively it could be placed in group 17 because it forms the hy-
dride ion H™ just as the halogens form halide ions such as CI~. In fact, hydrogen is a unique
element with properties not shared by any other element. In some forms of the periodic table
it is not placed in any of the groups. If all the elements in either period 6 or 7 were shown
in one row, the table would have an inconvenient shape, so the 14 additional elements in pe-
riods 6 and 7 are listed at the bottom of the table. Those in period 6 are the lanthanide el-
ements, and those in period 7 are the actinide elements.

® 1.4 Structural Formulas

Which atoms in a molecule are bonded together was gradually worked out by chemists as
they developed the concept of valency. In 1858 Couper represented a bond between the two
atoms by a line, as in H—CI, and this symbol is now universally used. Thus methane may
be represented as in Figure 1.2. On the basis of the concept of valence and the compositions
of molecules such as ethene (C,Hy4) and sulfur dioxide (SO,), it became clear that some atoms
such as carbon and sulfur can form two or even three bonds to another atom and the sym-
bols = and = were universally adopted as the symbols for double and triple bonds (Figure
1.2). These ideas together with the recognition that carbon atoms in particular could form
chains and rings enabled Butlerov in 1864 and Kekulé in 1865 to rationalize what had seemed
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H H
| | " "
H—C—H H—C—C—H c=—C H——C==C—H
| | ' '
H H H
H
H cl; H
\C/ \c/
| | H—ClI H/O\H 0—=s—=0
o o
W Vg ~,
|
H

Figure 1.2 Examples of structural formulas.

to be a bewildering variety of formulas for molecules of carbon. For example, Kekulé was
able to rationalize the molecular formula C¢Hg for benzene by the formula in Figure 1.2. The
formulas in Figure 1.2, in which the number of lines connected to an atom equal its valence,
are examples of what we now call structural formulas.

Although the concept of valence worked particularly well for organic molecules and led to
a rapid development of organic chemistry, there were many substances, particularly inorganic
substances, whose compositions could not be satisfactorily accounted for. For example, some
compounds such as CoClzNgH 3 and K,SiF¢ had to be represented as “molecular compounds”
and given formulas such as CoCls;-6NH; and 2KF-SiF, in which two or more molecules whose
compositions could be accounted for in terms of the simple concept of valence were supposed
to be held together in some unexplained way. The explanation of such compounds had to await
the development of a more fundamental understanding of the chemical bond.

@ 1.5 Stereochemistry

Structural formulas show how the atoms are connected together in a molecule but not how
they are they are arranged in space. Indeed, before 1874 chemists had not seriously consid-
ered the possibility that the atoms in a molecule might have a definite arrangement in space.
In 1874 van’t Hoff and le Bel independently proposed an explanation for the existence of
optical isomers—substances that exist in two forms that have identical physical properties
except that a solution of one rotates the plane of polarized light to the left and a solution of
the other to the right. At that time around 10 such substances were known, and they were
all compounds of carbon in which a carbon atom was bonded to four other different atoms
or groups of atoms; that is, they were molecules of the type CX!X?*X3X#, where X!, X2, X3,
and X* are different atoms or groups. Van’t Hoff and le Bel proposed that the individual
molecules of these substances must therefore exist in left- and right-handed forms that are
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CHs CHs CHs
HO——C—H HO-IC_ /Cw"'OH
H H
COQH HOZC COQH
@ (b) (c)

Figure 1.3 Lactic acid. (a) Structural formula. (b) Left- and (c) right-handed enantiomeric forms.

Hin 7~ N\ .aWH 77\
—C CN H—C C—H
H" \/ ‘ H /,/” ‘\\\

Figure 1.4 Bent bonds in ethene and ethyne.

Cl Cl Cl H

N, / N S

C——=C C——C

SN /NG

H H H

Figure 1.5 Geometric isomers: the cis and trans isomers of 1,2-dichloroethene.

mirror images of each other. One form interacts with polarized light to rotate its plane of po-
larization to the left, while the other rotates it to the right. Molecules of the type CX!X2X3X*
can exist in two mirror image forms only if the four bonds formed by carbon are not in the
same plane but are directed toward the corners of a tetrahedron, as shown for lactic acid in
Figure 1.3. We now call such molecules chiral molecules. Other types of molecule can also
be chiral, that is, can exist in right- and left-handed forms.

Double and triple bonds between carbon atoms were then represented by curved lines
between the two atoms, to maintain the tetrahedral angle at each atom as shown in Figure
1.4 These lines represent bent bonds. Consistent with this picture, it is found that ethene is
a planar molecule and that molecules of the type XYC=CXY, such as HCIC=CHCI, can
have two forms called geometric isomers. The groups X and Y are on the same side of the
molecule in a cis isomer and on opposite sides in a trans isomer (Figure 1.5). Thus the sub-
ject of stereochemistry, the study of the shape and geometry of molecules and its relation
to their properties, was born, and organic chemistry (the chemistry of carbon compounds)
blossomed as chemists worked out the three-dimensional structures of thousands of carbon-
containing molecules of increasing complexity just from a study of their compositions (for-
mulas), properties, and methods of synthesis.

@ 1.6 The Shell Model

The first steps toward the understanding of the nature of the chemical bond could not be
taken until the composition and structure of atoms had been elucidated. The model of the
atom that emerged from the early work of Thomson, Rutherford, Moseley, and Bohr was of
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a central, very small, positively charged nucleus composed of positively charged protons and
neutral neutrons, surrounded by one or more negatively charged electrons moving at high
speed and effectively occupying a volume much larger than that of the nucleus. The atomic
number, Z, gives the number of protons in the nucleus and the number of electrons sur-
rounding the nucleus in a neutral atom.

The similarity in the properties of the elements in any particular group of the periodic
table led to the conclusion that the atoms of the elements in a given group must have simi-
lar electron arrangements. In particular the lack of reactivity of the noble gases—no com-
pounds of these elements were known at the time, and they were called the inert gases—Iled
both W. Kossel (1916) and Lewis (1916) to conclude that these substances have a particu-
larly stable arrangement of electrons. This in turn led to the development of the shell model
of the atom. In the shell model, the electrons in an atom are arranged in successive spheri-
cal layers or shells surrounding the nucleus. The outer shell is never found to contain more
than the number of electrons in the valence shell of a noble gas, namely two for helium, and
eight for neon and the other noble gases. A new shell is commenced with the following el-
ement, which is an alkali metal in group 1 and has one more electron than a noble gas. Thus
the arrangement of the electrons for the first 20 elements shown in Table 1.1 was deduced
in which the elements in a given group have the same number of electrons in their outer
shells. The shells are designated by the number n, which takes integral values starting with
n = 1. Sometimes, following an older convention, they are designated by the letters K, L,
M, N, . . . The first three shells correspond to the first three periods of the periodic table.

Table 1.1 Shell Structure of the Atoms of the First 20 Elements

Number of Electrons

in Each Shell
Period z Element n=1 2 3 4
1 1 H 1
2 He 2
2 3 Li 2 1
4 Be 2 2
5 B 2 3
6 C 2 4
7 N 2 5
8 (0] 2 6
9 F 2 7
10 Ne 2 8
3 11 Na 2 8 1
12 Mg 2 8 2
13 Al 2 8 3
14 Si 2 8 4
15 P 2 8 5
16 S 2 8 6
17 Cl 2 8 7
18 Ar 2 8 8
4 19 K 2 8 8 1
20 Ca 2 8 8 2
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The outer shell is called the valence shell because it is these electrons that are involved in
bond formation and give the atom its valence.

The completed inner shells of electrons together with the nucleus constitute the core of
the atom. The core has a positive charge equal in magnitude to the number of electrons in
the valence shell. For example, the core charge of the carbon atom is +4, that of the fluo-
rine atom is +7, and that of the silicon atom is +4. The completed inner shells of electrons
shield the nucleus. Thus, according to this model, the effective charge acting on the elec-
trons in the valence shell—the valence electrons—is equal to the core charge. For two rea-
sons, however, core charge is only an approximation to the actual effective charge acting on
the valence shell electrons: (1) the valence shell electrons repel each other, and (2) the con-
cept of separate successive shells is only an approximation because, as we shall see later,
the shells penetrate and overlap each other to some extent. Nevertheless, for the purposes of
qualitative discussion it is usually satisfactory to use the core charge.

Experimental support for the shell model has been provided by the determination of the
ionization energies of free atoms in the gas phase and by the analysis of the spectra of such
atoms. These measurements have given a picture of the arrangement of the electrons in an
atom in terms of their energies that is essentially the same as the one we describe in Chap-
ter 3, where we will see that this picture can also be deduced from the quantum mechanical
description of an atom. Quantum mechanics aiso shows us that electrons do not have fixed
positions in space but are in constant motion, following paths that cannot be determined. So
it is strictly speaking not correct to talk about the arrangement of the electrons. It is only
their energy, not their positions, that can be determined.

On the basis of the shell model, two apparently different models of the chemical bond
were proposed, the ionic model and the covalent model.

® 1.7 The lonic Model of the Chemical Bond

In 1916 Kossel noted that the loss of an electron by an alkali metal gives a positive ion, such
as Na® (2,8) or Kt (2,8,8), where the numbers in parentheses represent the number of elec-
trons in successive shells. So these ions have the same electron arrangement as a noble gas.
Similarly, the gain of an electron by a halogen gives a negative ion, such as a fluoride ion,
F~, (2,8) or a chloride ion, CI™, (2,8,8), also with the electron arrangement of a noble gas:
that is, an outer shell containing eight electrons. Kossel proposed that these ions are formed
because their valence shell electrons have the same stable arrangements as a noble gas. He
considered solid sodium chloride to consist of positive sodium ions (cations) and negative
chloride 10ns (anions) held together in a regular pattern by electrostatic attraction. Each crys-
tal of solid sodium chloride can be regarded as a single giant molecule, in which a very large
number of ions are arranged in a regular manner that continues through the crystal (Figure
1.6). Evidence that solids such as NaCl do consist of ions was provided by the observation
that these materials are conducting in the molten state and in solution in solvents of high di-
electric constant, such as water. In these states the ions are free to move independently of
each other under the action of an applied electric field. Sodium chloride is a nonconductor
in the solid state, because the ions are fixed in position.

Sodium chloride and many similar compounds are said to be ionic compounds held to-
gether by ionic bonds. However, even though the term “ionic bond” is widely used, it is a
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Figure 1.6 A space-filling model of crystalline sodium chloride.

vague and ill-defined concept. Electrostatic forces act in all directions and through relatively
long distances so that the attractive forces are not confined to just two neighboring oppo-
sitely charge ions. Moreover, there are also repulsive forces between ions of like charge.

Positive alkali metal ions are easily formed because the single valence electron of an al-
kali metal atom is held in the atom only rather weakly by the attraction of a small core charge
of +1. In other words, alkali metal atoms have a low ionization energy. The two valence
electrons of a group 2 atom are also rather easily removed because they are attracted by a
core charge of only +2, and so they form doubly charged ions such as Mg?* and Ca?>" and
ionic compounds such as MgCl, and CaF,, which contain Mg?* and C1~ ions and Ca?>* and
F~ ions respectively. The halogen atoms, each of which precedes a noble gas in the periodic
table, have space in their valence shells for one more electron and, as they have a high core
charge of +7, they strongly attract an additional electron to form halide ions such as F~ and
CI~. For example, the addition of an electron to a fluorine atom is an exothermic process
releasing 328 kJ mol~! of energy. Similarly the elements of group 16 have room in their va-
lence shells for two more electrons and they have a high core charge of +6 so they form
doubly charged ions such as O?~ and $?™ and ionic compounds such as NayO and CaO. It
should be noted, however, that although the addition of one electron to an oxygen atom to
give the O™ ion is exothermic to the extent of 141 kJ mol~ !, the addition of a second elec-
tron is an endothermic process absorbing 744 kJ mol ™!, so that the overall process O + 2e —
0?" is also endothermic to the extent of 603 kJ mol~!. An isolated oxide ion is therefore
unstable and spontaneously loses an electron, but it is stabilized in an ionic crystal by the
additional energy released when oppositely charged ions pack together to give a crystal. In-
deed this energy, called the lattice energy, makes an important contribution to the stability
of all ionic crystals.

The structures of ionic crystals are determined mainly by the ways in which oppositely
charged ions of different sizes and different charges can pack together to minimize the total
electrostatic energy. The sizes of ions are discussed in Chapter 2. Structures of some typi-
cal ionic crystals are given in Figure 1.7. In this figure the structures, expanded so that the
ions are no longer touching, are connected by lines that serve to emphasize the geometric
arrangement of the ions.
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Figure 1.7 The structures of crystalline sodium chloride (NaCl), cesium chloride (CsCl), and zinc sul-
fide (ZnS).

Although the ionic model has been used almost exclusively to describe the bonding in
a large class of solids with infinite three-dimensional structures consisting of oppositely
charged ions, in which each crystal can be regarded as a giant molecule, the bonding in other
much smaller molecules may also be ionic, as we shall discuss later. A simple example is
provided by molecules such as NaCl and MgCl,, which are formed from solid sodium and
magnesium chlorides when they vaporize at high temperatures. To indicate their ionic na-
ture, they may be written as Na*Cl™ and C1"Mg2"Cl~.

@ 1.8 Covalent Bonds and Lewis Structures

Clearly the explanation of the chemical bond given by Kossel cannot apply to homonuclear mol-
ecules such as Cl,. Almost simultaneously with the publication of Kossel’s theory, Lewis pub-
lished a theory that could account for such molecules. Like Kossel, Lewis was impressed with
the lack of reactivity of the noble gases. But he was also impressed by the observation that the
vast majority of molecules have an even number of electrons, which led him to suggest that in
molecules, electrons are usually present in pairs. In particular, he proposed that in a molecule
such as Cl, the two atoms are held together by sharing a pair of electrons because in this way
each atom can obtain a noble gas electron arrangement, as in the following examples:

CIC: HH

Diagrams: of this type are called Lewis diagrams or Lewis structures. The bond between
the two atoms could be called a shared-electron-pair bond but it is now universally called a
covalent bond—a term introduced by Irving Langmuir (1919). In drawing Lewis structures,
the core of the atom is represented by the symbol of the element and the valence shell elec-
trons by one to eight dots, the first four arranged singly around the symbol for the core, with
additional electrons used to form pairs as follows:

Valence 1 2 3 4 3 2 1 0
‘H He:
.Li -Be- C N O F Ne

Na Mg Al $ir P :§- Cl- :Ar:
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Figure 1.8 Lewis structures.

The complete symbol for each element can be called its Lewis symbol. The number of un-
paired electrons in the symbol equals the number of bonds that the atom can form, that is,
its valence. Each unpaired electron can be paired with an unpaired electron in the Lewis sym-
bol of another element to form a shared pair or covalent bond. In this way the atoms of the
elements in groups 14-17, such as C, N, O and F, can attain a noble gas electron arrange-
ment as shown by the Lewis structures in Figure 1.8a. The elements in groups 1, 2, and 13
such as Li, Be, and B do not, however, achieve a noble gas electron arrangement even when
they form the maximum number of bonds (see Section 1.13). A covalent bond (a shared elec-
tron pair) is usually designated by a bond line rather than by a pair of dots (Figure 1.8b). As
we noted earlier, and as we will discuss in detail later, some elements have more than one
valence. The valence given by the number of unpaired electrons in the Lewis symbol for an
element, as illustrated above, is called its principal valence.

In a Lewis diagram, the pairs of electrons that are not forming bonds are called non-
bonding pairs or more usually lone pairs. A lone pair is usually designated by a pair of
dots but less commonly by a single line (Figure 1.8¢). In the Lewis diagrams for the CF,,
NFj3, OF,, and F, molecules (Figure 1.9) each fluorine atom has three lone pairs, oxygen
two, and nitrogen one.

Lewis called the apparent tendency of atoms to acquire a noble gas electron arrange-
ment, either by forming ions or by sharing electron pairs, the rule of eight. Later Langmuir
called it the octet rule, and this is the term that is now generally used. Lewis did not regard
the rule of eight as being as important as the rule of two, according to which electrons are
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Figure 1.9 Lewis structures of some fluorides.

present in molecules in pairs (Box 1.2), because he found more exceptions to the octet rule
than to the rule of two. There are only a few exceptions to the rule of two, such as mole-
cules with an odd number of electrons (free radicals), whereas there are a large number of
exceptions to the octet rule (Section 1.13).

Because CX,4 molecules have a tetrahedral geometry, Lewis postulated that the four pairs
of electrons in the valence shell of the carbon atom have a tetrahedral arrangement, thus giv-
ing the four covalent bonds a tetrahedral geometry. Later, when the angular geometry of the
OX, molecules and the pyramidal geometry of NX3 molecules were established, it became
clear that the directed nature of covalent bonds in many molecules could be rationalized on
the basis of the tetrahedral arrangement of four pairs of electrons in the valence shell of an
atom (Figure 1.10). In contrast, ionic bonds are said to be nondirectional because Coulomb

 Lewis and the Electron Pair

Although Lewis had no clear idea of why electrons are found in molecules as pairs, or
how a shared pair of electrons holds two atoms together, the ideas of the shared elec-
tron pair—the covalent bond—and the octet rule enable us to understand the formulas
of a vast number of molecules and their relationship to the positions of the elements
in the periodic table. Because the formation of electron pairs seemed to contradict
Coulomb’s law, according to which electrons repel each other so that they should keep
as far apart as possible, Lewis even suggested that Coulomb’s law is not obeyed over
the very short distances between electrons in atoms and molecules. Although we now
know that Coulomb’s law is obeyed for all distances between charges, in making the
assumption about the importance of electron pairs, Lewis displayed remarkable intu-
ition: electrons do indeed form pairs in most molecules, despite their mutual electro-
static repulsion. We now have much a much more detailed and exact knowledge about
the distribution of the electrons in molecules than is given by Lewis diagrams, but
Lewis diagrams showing bonding pairs and lone pairs are still widely used today, and
the electron pair remains a central concept in chemistry.
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Figure 1.10 The tetrahedral, trigonal pyramidal, and angular geometries of the methane, ammonia,
and water molecules based on the tetrahedral arrangement of four electron pairs.

forces act in all directions. So the arrangement of anions around a cation in an ionic crystal
or molecule is not determined by the arrangement of electron pairs in the valence shell of
the cation but by the geometry that enables anions to pack as closely as possible around the
cation, thus decreasing the potential energy of the crystal.

As we have seen, some atoms, such as carbon, oxygen, and nitrogen, form double and
triple bonds. Lewis represented these bonds as consisting of two and three shared pairs, re-
spectively (Figure 1.11). Since the four pairs in an octet have a tetrahedral arrangement, a
double bond can be represented by two tetrahedra sharing an edge and a triple bond by two
tetrahedra sharing a face. These models agree with the observed planar geometry of ethene
and related molecules and the linear geometry of ethyne and related molecules (Figure
1.12).This model is similar to the bent-bond models in Figure 1.4 in that the tetrahedral
arrangement of bonds or electron pairs around each atom is maintained.

H H H\ /H
C eeC /c—_c\
H H H H
- - Figure 1.11 Lewis structures of
H C : : :C H H eV H ethene and ethyne.
L J P
H ® L] H
He eH
H.' :H
oe LN J

Figure 1.12 Structures of ethene and ethyne, based on the tetrahedral arrangement of four electron
pairs around each carbon atom.
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® 1.9 Polar Bonds and Electronegativity

Tonic bonds and covalent bonds appear, at first sight, to be of two completely different kinds.
However, Lewis maintained that there was no fundamental difference between them. He rec-
ognized that a shared electron pair is generally not shared equally between the two bonded
atoms unless they are atoms of the same kind. The atoms of the elements on the right side
of the periodic table attract electrons into their valence shells more strongly than those on
the left because they have higher core charges. Thus in a molecule such as H—ClI, the chlo-
rine atom acquires a greater “share” of the bonding electron pair than the hydrogen atom. In
effect it acquires more than an equal share of two electrons (more than the one electron that
would give it a zero charge but fewer than two), so it has a resulting small negative charge,
leaving the hydrogen atom with an equal and opposite small positive charge. The bond be-
tween the two atoms is then called a polar covalent bond, or simply a polar bond. We
might depict a nonpolar “pure covalent” bond by placing the shared pair midway between
the two bonded atoms and a polar covalent bond by placing the shared pair closer to the
atom that has the larger share of the pair. However, this not is a particularly convenient or

There has never been a really clear understanding of what a bond line stands for. Orig-
inally it was meant to indicate simply that the two atoms between which it is drawn
are held strongly together. However, it is now usually taken to indicate a shared pair
of electrons, that is, a covalent bond. In contrast, the presence of ionic bonds in a mol-
ecule or crystal is usually implied by the indication of the charges on the atoms, and
no bond line is drawn. This immediately raises the question of how polar a bond has
to be before the bond line is omitted. Whereas the structure of the LiF molecule would
normally be written as Li*F~ without a bond line, even the highly ionic BeF, is of-
ten written as F—Be—F rather than as F~ Be?t F~.

Even though it is well known that the bonds in these molecules are polar, writing
their structures with bond lines gives the impression that the bonding is predominately
covalent. However, omitting these lines for predominately ionic molecules leads to dif-
ficulty because it is then harder to clearly indicate their geometry. The solution to this
problem is not obvious, but we need to be aware that a bond line does not necessarily
imply a predominately covalent bond. In many ways it would be simplest to return to
the original use of a bond line, namely, to indicate that two atoms that are bonded to-
gether, whether the bonding is predominately covalent or predominately ionic.

Finally, we should note that the lines that are often drawn in illustrations of three-
dimensional ionic crystal structures to better show the relative arrangement of the ions
do not represent shared pairs of electrons, that is, they are not bond lines.
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generally useful representation, and a polar bond is usually represented by a bond line some-
times with the symbols 8+, representing a small positive charge (0 <& < 1), and 6—, rep-
resenting a small negative charge, added to the appropriate atoms (Box 1.3).

H8+_CIS—
In 1932 Pauling introduced the term electronegativity to describe
the power of an atom in a molecule to attract electrons to itself.

In general, metallic elements have low electronegativities—that is, they attract electrons only
weakly—while nonmetals have high electronegativities—that is, they attract electrons
strongly because they have high core charges. Because electronegativity is not defined in a
quantitative way it is, strictly speaking, not possible to assign a quantitative value for the
electronegativity of the atoms of an element. Nevertheless several attempts have been made
to devise quantitative scales that express the relative electronegativities of the elements. The
original scale is due to Pauling, who based it on the difference in the dissociation energy of
an AB molecule and the average of the dissociation energy of the A, and B, molecules. Mul-
liken based his scale on the average of the ionization energies and electron affinities of an
atom, while Allred and Rochow (1958) proposed a scale based on the force exerted on a
electron in the valence shell of an atom, which they took to be Z.ie*/r? where Zggis the ef-
fective nuclear charge, e is the unit of electric charge, and r is the covalent radius. We de-
fine “‘covalent radius” in Chapter 2, but essentially it is the size (radius) of an atom in the
bond direction. Still other scales have been proposed, but it is not possible to choose any one
of these scales as being superior to the others because they are all defined in different ways,
none of which is the same as the qualitative definition given by Pauling. However, rather
surprisingly perhaps, considering the very different basis of each of the scales, they give
comparable relative values, so that when adjusted to cover the same range as the Pauling
values, they give similar values. So almost any of these scales is useful for making an ap-
proximate comparison of the electronegativitics of the elements. Table 1.2 gives the set of
values due to Allred and Rochow. We quote these values to two significant figures only be-
cause there is no justification for using more precise values. Despite its qualitative nature,
the concept of electronegativity has proved very useful in the development of our ideas con-
cerning the chemical bond. The most important use of electronegativity values is to estimate
the polarity of bonds, that is, to obtain rough estimates of the charges on atoms in molecules.
Various theoretical methods have been proposed for calculating atomic charges, but they
give substantially different results because until recently, there has been no sound definition
of atomic charge and therefore, of course, no way of determining it experimentally. In Chap-
ter 6 we discuss how atomic charge can be clearly defined in terms of the electron density,
which can be both calculated and also determined experimentally by X-ray crystallography.

It is important to point out that almost all bonds are polar bonds, whether they are ap-
proximately described as covalent or ionic. The bonds in the molecules of the various forms
of the elements such as the diatomic molecules H,, Cl,, and N,, larger molecules such as Py4
and Sg, and infinite molecules such as diamond may be described as “pure covalent” bonds
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Table 1.2 Electronegativity Values According to Allred and Rochow

Group

Period 1 2 13 14 15 16 17 18
1 H He
2.2 —

2 Li Be B C N (0] F Ne
1.0 1.5 2.0 2.5 3.1 35 4.1 —

3 Na Mg Al Si P S Cl Ar
1.0 1.2 1.3 1.7 2.1 2.4 2.8 —

4 K Ca Ga Ge As Se Br Kr
0.9 1.0 1.8 2.0 2.2 2.5 2.7 3.1

5 Rb Sr In Sn Sb Te I Xe
0.9 1.0 1.5 1.7 1.8 2.0 22 2.4

because the bonding electrons are necessarily shared equally and the atoms have a zero
charge. The C—C bonds in ethane (H;C—CHs3) and the N—N bond in hydrazine (H,N—
NH,) are also pure covalent bonds because the carbon and nitrogen atoms are completely
equivalent and therefore attract the bonding electrons equally strongly. Even in a molecule
such as chloroethane (CIH,C—CH3), however, the two carbon atoms are not exactly equiv-
alent and do not therefore attract electrons equally strongly—they have slightly different elec-
tronegativities—and so the two carbon atoms have different small charges and the CC bond
has a small polarity. Such a bond is said to have a large covalent character and a small ionic
character. Conversely, when the difference in electronegativity of the bonded atoms is large,
the atoms are expected to have large charges and the bond between them may be regarded
as having a large ionic character. There are no “pure ionic” bonds because there is always
at least a small amount of sharing of electrons between any two ions. Although the terms
“ionic character” and “covalent character,” like “electronegativity,” are widely used, they
cannot be quantitatively defined and so their meaning is not entirely clear. The uncertainty
in the exact meaning of these terms has led to misunderstanding and controversy in discus-
sions of bonding. We return to the determination of the charges of atoms in molecules and
the concepts of ionic and covalent character in Chapters 6, 8, and 9.

We note in passing that two atoms of the same element in a molecule, such as the two
carbon atoms in CH3CH;Cl, may have slightly different electronegativities. As a result, it is,
strictly speaking, not possible to assign a fixed constant value for the electronegativity of an
atom, which is another reason for giving the values in Table 1.2 to only two significant
figures.

That the geometry of a covalent molecule is determined by the directional character of
the bonds whereas the geometry of an ionic crystal or molecule is determined by the pack-
ing of negative ions around a positive ion raises questions such as: What determines the
geometry of a polar covalent molecule? How directional is a polar covalent bond? Is the pla-
nar geometry of the BCl; molecule, in which the bonds are very polar, due to the directional
character of the B—CI1 bonds or to the packing of an anion-like negatively charged CI atoms
around a cation-like boron atom? We return to these questions in later chapters.
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4 1.10 Polyatomic lons and Formal Charge

Polyatomic ions are groups of atoms that are held strongly together as in a molecule but have
an overall positive or negative charge. In other words, they are charged molecules. They are
found in ionic crystals in association with an ion of opposite charge. For example, ammo-
nium chloride, NH4Cl, consists of polyatomic NH;™ ions (ammonium: Figure 1.13a) and
chloride ions, and sodium tetrafluoroborate, NaBF,, consists of polyatomic BF4~ ions (tetra-
fluoroborate: Figure 1.13b) and sodium ions (Figure 1.13). The recognition of polyatomic
ions solved the problem of representing many of the so-called molecular compounds that we
mentioned in Section 1.4, such as 2KF-SiF,, which contains the polyatomic ion SiF2~ and
is therefore more correctly formulated as (K™), SiFg? ™.

In the Lewis diagram for a polyatomic ion the charge is often allocated specifically to
one of the atoms on the assumption that each bonding pair of electrons is shared equally be-
tween the two bonded atoms: that is, on the assumption that the bonding is purely covalent.
In the ammonium ion, four electrons, one from each bond, are allocated to the nitrogen atom
which, since it needs five electrons to balance its core charge of +5, has a resultant single
positive charge. One electron is allocated to each hydrogen atom, which is just sufficient to
balance the nuclear charge of +1, giving a resultant zero charge (Figure 1.14). In the tetra-
fluoroborate ion, four electrons, one from each bond, are allocated to the boron atom, which,
since it needs only three electrons to balance its core charge of +3, has a resultant charge
of —1. One electron is allocated to each fluorine atom, giving a resultant zero charge. It is
also necessary to allocate charges to atoms in some neutral molecules in order to write struc-
tures that obey the octet rule, for example, as in trimethylamine oxide (CH3);NO and the
molecule FsBNH; (Figure 1.14).

The charges allocated in this way are called formal charges. They do not in general
show the actual charge distribution in a molecule or ion because of the polarity of most
bonds. Formal charges may even be of opposite sign to the real charge. For example, the
boron atom in BF;~ has a formal negative charge but, as we shall see later, because of the
high electronegativity of fluorine, the real charge on boron is positive. The concept of for-
mal charge is useful only for the purpose of the keeping track of electrons when one is writ-
ing Lewis structures that do not take account of bond polarity.

A nitrogen atom can form four bonds only if it loses an electron to become N* so that
it is then isoelectronic with a carbon atom. Isoelectronic atoms or molecules have the same
number of valence electrons, arranged in the same way. Thus B~, C, and N * are isoelec-
tronic atoms and can each form four bonds. Some examples of isoelectronic molecules are
illustrated in Figure 1.15.

p— — + — — —
| |
H——N——H F——B——F
| I Figure 1.13 Lewis structures of
(a) the ammonium ion NH4* and
L H - L F - (b) the tetrafluoroborate ion

(a) (b) BF,".
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Figure 1.14 Formal charges: assigning one electron of each bonding pair to each of the bonded atoms
(a) leads to the formal charges in (b). Formal charges in some neutral molecules are shown in (c).
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Figure 1.15 Two sets of isoelectronic molecules.

[.1l  Oxidation Number (Oxidation State)

Polyatomic ions illustrate one of the difficulties with the concept of valence as we have de-
fined it. Boron, normally considered to have a valence of 3 because, for example, it forms
three bonds in molecules such as BCls, and four bonds in BCl, ™. Is its valence then 4? Should
we assign a valence of 3 to boron only when it has a formal zero charge and a valence of 4
to boron when it has a negative formal charge? Difficulties such as this have led to the re-
placement of the concept of valence, particularly for the description of inorganic compounds,
by the concept of oxidation number, or oxidation state. The oxidation number of an atom
in a molecule is defined as the charge the atom would have if both the electrons in any bond
that it forms are transferred to the more electronegative of the two atoms, in other words, as
if the molecule were formulated as ionic. Thus boron in both BCl; and BCl;~ has an oxi-
dation number of +1II and chlorine an oxidation number of —I, while nitrogen in both NHj
and NH4" has an oxidation number of —III and hydrogen an oxidation number of +I. Ro-
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man numerals are usually used for oxidation numbers to distinguish them from charges. Ox-
idation numbers are also convenient for the description of the molecules of elements that
have several valences, such as sulfur. For example, the sulfur atom in SO; is in the +1V ox-
idation state whereas in SOj it is in the +VI oxidation state. In contrast to inorganic com-
pounds, which frequently have considerable ionic character, oxidation numbers are not very
useful for carbon compounds, which are predominately covalent and for which the constant
tetravalence of carbon is one of the cornerstones of organic chemistry.

Formal charge and oxidation number are two ways of defining atomic charge that are
based on the two limiting models of the chemical bond, the covalent model and the ionic
model, respectively. We expect the true charges on atoms forming polar bonds to be between
these two extremes.

@ 1.12 Donor—Acceptor Bonds

Ammonia reacts with boron trichloride to form a molecule called an adduct or Lewis acid
base complex in which the lone pair on the ammonia molecule is shared with the boron atom
to form a covalent bond and completing an octet on boron (Figure 1.16):

H;3;N: + BCl; — H3N—BCl;

We should note that the formation of this bond confers formal charges on the B and N atoms.
In this bond and many similar Lewis acid—base complexes both the electrons forming the
bond come from the same atom rather than from different atoms, as in the formation of a
bond between two chlorine atoms. This type of bond is often called a donor-acceptor bond,
a dative bond, or a coordinate bond, and is sometimes given a special symbol—an arrow
denoting the direction in which the electron pair is donated:

H;N — BCl;

Molecules of this type are often called donor-acceptor complexes or sometimes charge
transfer complexes (because charge is transferred from the donor to the acceptor as the
nonbonding electron pair of the donor atom is shared with the acceptor atom). In other
words, there is a formal transfer of one electron, which is evident in the formal charges
on the atoms in the complex. Once formed, however, the bond is simply a covalent bond
consisting of a pair of shared electrons, whose origin is irrelevant to the nature of the

H F H F
. L
H—N§ B—F —»  H—N ||3 F
(@ H (b) |F (© l!l F

Figure 1.16 The ammonia—boron trifluoride donor—acceptor complex: (a) donor Lewis base, (b) ac-
ceptor Lewis acid, (c) the donor-acceptor or Lewis acid—base complex.
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bond because all electrons are identical. Thus, although the concept of donor and accep-
tor molecules is useful, a special name and symbol for the bond formed between them is
not really necessary. Although there is no difference between a coordinate covalent bond
and a “normal” covalent bond in molecules in their equilibrium geometry, a difference
becomes evident when the bond is broken. Breaking a bond in a Cl, molecule gives two
CI atoms

:CL:CE — :Cl- + :C1-

In contrast breaking the bond in the H3;N:BCl; molecule gives two stable molecules H3N:
and BCl;. In the first case the bond breaks symmetrically while in the second case it breaks
unsymmetrically.

I.13 Exceptions to the Octet Rule:
Hypervalent and Hypovaient Molecules

Lewis recognized that certain molecules such a PCls and SFg are exceptions to the octet rule
because their Lewis structures indicate that the central atom has more than eight electrons
in its valence shell: 10 for the P atom in PCls and the S atom in SF4, and 12 for the S atom
in SF¢ (Figure 1.17). Such molecules are called hypervalent because the valence of the cen-
tral atom is greater than its principal valence. To write a Lewis structure for such molecules,
the Lewis symbol for the hypervalent atom must be modified to show the correct number of
unpaired electrons. For the molecules in Figure 1.17 we would need to write the Lewis sym-
bols as follows:

Hypervalent molecules are relatively common for the elements of period 3 and beyond. It is
often said that they are formed only by the most electronegative ligands, in particular, F, Cl,
=0, and OX, with the nonmetals of period 3 and subsequent periods. But in many cases the
ligand atom attached to the central atom is carbon, as in As(CHj3)s, and P(CgHs)s, in which
the electronegativity of the central carbon atom (2.5) is only slightly greater than that of ei-
ther arsenic (2.2) or phosphorus (2.1). We will see later that the relative sizes of the central
atom and the ligand atoms are important in determining the occurrence of hypervalent mol-
ecules, because these differences in size allow more than four such ligands to be packed
around a sufficiently large central atom.

F F cl
F”llln., | .,|\\\\\F ° _,\\\\\\F .‘.\‘.\\\Cl
F”T‘F « - ¢l T\Cl

F F Cl

Figure 1.17 Some examples of hypervalent molecules that have more than eight electrons in the va-
lence shell of the central atom.
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Because the octet rule had proved so useful for understanding and describing the bond-
ing in so many molecules, and because this rule came to be regarded more as a law than as
a summary of observations, the bonding in hypervalent molecules has often been considered
to be in some way different from that in “ordinary” molecules that obey the octet rule. De-
spite the later discovery of the noble gas compounds (Box 1.4) and the preparation of many
other hypervalent molecules whose properties do not differ significantly from analogous non-
hypervalent (octet rule) molecules, it is still often believed that there is something abnormal
about the bonding in these molecules. The bonding in hypervalent molecules has been for-
mulated in terms of several different models to avoid violating the octet rule. There has been
considerable controversy concerning the relative merits of these models, which we will dis-
cuss in later chapters. We will see that much of this controversy has arisen as a consequence
of a lack of appreciation of the limitations of Lewis structures and an overemphasis on the
octet rule, and indeed no special descriptions of the bonding in hypervalent molecules are
necessary.

ABOX 14V
The Octet Rule and the Noble Gases

Although the octet rule was first formulated on the basis of the observed lack of reac-
tivity of the noble gases, and the observation that in many molecules each atom has
eight electrons in its valence shell, it was often cited in later years as a reason for the
absence of any known compounds of the noble gases. This acceptance of the octet rule
as a law of nature rather than as an empirical rule even inhibited the continued search
for compounds of the noble gases after the initial failure of Moissan, in 1895, to find
any conditions under which fluorine, which he had discovered in 1886, would react
with a sample of argon provided by Ramsay, who first identified argon. Consequently
it came as a great surprise to most chemists when the first noble gas compound, XePtF¢
was prepared in 1962 by Bartlett. Pauling, however, was one of the few chemists who
were not surprised. In the 1930s he had predicted, mainly on the basis of the existence
of molecules such as BrFs, IF7, and Hs1Og, that it should be possible to prepare anal-
ogous compounds of xenon including fluorides such as XeFg. He persuaded his col-
leagues Yost and Kaye to attempt the preparation of this compound, by the reaction of
xenon and fluorine. Unfortunately they were unsuccessful. Although they may well
have prepared a very small amount of a xenon fluoride, they were unable to show this
definitively. Subsequently there appears to have been little interest in trying to repeat
this experiment. So it continued to be generally accepted that compounds of the noble
gases could not be prepared until Bartlett prepared XePtFg by the reaction between
PtFg and xenon. This discovery was followed rapidly by the preparation of a variety
of fluorides, oxides, and oxofluorides of xenon, such as XeF,4, XeO3, and XeOF,. Since
then compounds of krypton, such as KrF,, as well as compounds with Xe—N and Xe—
C bonds, have also been prepared. All these molecules are necessarily hypervalent.
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Figure 1.18 Lewis structures of oxo acids and oxides of phosphorus and sulfur: (a) octet rule struc-
tures according to Lewis and (b) hypervalent structures.

Many common and well-known molecules such as the oxides and oxoacids of sulfur and
phosphorus in their higher oxidation states (e.g., SO,, SO3, H,SO4, H3PO,) must be regarded
as hypervalent if they are described by their classical structural formulas in which the bonds
to oxygen are double bonds (Figure 1.18). However, Lewis drew his diagrams for these mol-
ecules so that they obeyed the octet rule with a formal negative charge on oxygen and a cor-
responding formal charge on P, or S, although this was inconsistent with his recognition of
molecules such as PF5 and SF¢ as exceptions to the octet rule, and these octet rule structures
have been widely adopted.

There are also molecules that are exceptions to the octet rule because one of the atoms
has fewer, rather than more than, eight electrons in its valence shell in the Lewis structure
(Figure 1.19). These molecules are formed by the elements on the left-hand side of the pe-
riodic table that have only one, two, or three electrons in their valence shells and cannot
therefore attain an octet by using each of their electrons to form a covalent bond. The mol-
ecules LiF, BeCl,, BF;, and AICl; would be examples. However, as we have seen and as
we will discuss in detail in Chapters 8 and 9, these molecules are predominately ionic. In
terms of a fully ionic model, each atom has a completed shell, and the anions obey the octet
rule. Only if they are regarded as covalent can they be considered to be exceptions to the
octet rule. Covalent descriptions of the bonding in BF; and related molecules have therefore

Cl

Cl

Be—Cl B Al
" o

Figure 1.19 Some examples of molecules that are exceptions to the octet rule because the central atom
has fewer than eight electrons in its valence shell.
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been devised so that they appear to obey the octet rule, but we shall see later that these spe-
cial descriptions are unnecessary.

Molecules such as BeCl,, BF3, and AICl;, which have space in their valence shells for
one or two more electron pairs and in which the central atom is positively charged, are good
acceptor molecules or Lewis acids (Section 1.12), forming polyatomic ions such as BF,~
and AICl4~ and donor—acceptor complexes such as BeCl,(OEt,), and BF3-NH;.

We should note that hydrogen never has more than two electrons in its valence shell in
the Lewis diagram of any of its molecules because its valence shell is filled by just two elec-
trons. Thus the octet rule is not applicable to hydrogen.

# [.14 Limitations of the Lewis Model

Lewis structures, according to which the valence shell electrons in a molecule are arranged
in bonding and nonbonding pairs, have played a very important role in the development of
our understanding of the chemical bond, and indeed they still form a most useful basis for
the discussion of the properties of molecules. However, they have many limitations. We have
already noted that they do not provide a very convenient representation of molecules in which
the bonds are polar and that they are not useful for molecules in which the bonding is pre-
dominately ionic. Moreover, many molecules are exceptions to the octet rule, which has been
incorporated into the Lewis model even though Lewis himself recognized its limitations. And
there are molecules, such as the boranes, in which the bonding cannot be described in terms
of localized electron pairs. In the following chapters we will encounter other limitations, and
we will see that many controversies about bonding have arisen because of a failure to un-
derstand and recognize the limitations of Lewis structures.

However, there are more serious problems. A Lewis structure provides a static model of
the electron distribution, yet a fundamental theorem of electrostatics states that no system of
charges can be at equilibrium while the charges are at rest. A more realistic description of the
electron distribution must take into account the motion of the electrons and their wavelike na-
ture. In Chapter 3 we will see that the distribution of the electrons in atoms and molecules can-
not be described in classical terms but only in terms of quantum mechanics, according to which
we can determine no more than the probability of finding an electron at a given point. Thus
we describe the distribution of the electrons by a distribution of probability density, which can
be conveniently represented as a cloud of negative charge. We will see why, nevertheless, the
electron pair plays such a dominant role in the electronic structure of molecules and why the
picture of precisely located electron pairs provided by a Lewis structure is so useful, even
though only the average distribution of the electrons can be determined.
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@ 2.1 Introduction

In Chapter 1 we discussed the origin and early development of the concept of the chemical
bond. With the subsequent development of X-ray crystallography, electron diffraction, and var-
ious spectroscopic techniques, it became possible for the first time to obtain quantitative struc-
tural information on molecules and crystals, hence on their bonds. An enormous amount of
such information has been accumulated by these methods over the past 80 years. We can mea-
sure the distances between the atomic nuclei in a molecule and thus obtain the bond lengths,
as well as the angles between bonds (bond angles and torsional angles). These are the only
well-defined properties of bonds that can be accurately determined unambiguously for any poly-
atomic molecule. Consequently bond lengths and bond angles have played a prominent role in
the discussion of the nature of the chemical bond. And this information is now being supple-
mented by data obtained from high-level ab initio calculations (Chapter 6), which in many
cases can now give values comparable to those obtained by experimental methods. Moreover,
these calculations can give us information on molecules that have not yet been prepared or had
their structure determined experimentally. This information is often particularly valuable for
comparison with known molecules. The major part of this chapter is devoted to bond lengths
and their interpretation to give information about the nature of bonds.

An important related property of a bond is its strength. The strength of a bond in a mol-
ecule can be measured by the stretching force constant, obtained either from the vibrational
spectrum of a molecule or by the dissociation energy obtained from the electronic spectrum
or, most often, from thermochemical measurements. However, accurate stretching force con-
stants can be obtained for diatomic molecules only because none of the bonds in a poly-
atomic molecule vibrate independently of the others. The vibrational spectrum of a poly-
atomic molecule can be analyzed by a method called normal coordinate analysis, but this
does not necessarily give such reliable or accurate force constant values as can be obtained
from a diatomic molecule. Similarly accurate bond dissociation energies can be obtained only
for diatomic molecules because breaking one bond in a polyatomic molecule affects the

25
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strength of all the neighboring bonds. As we shall see, there is usually a good correlation
between bond length and bond strength: in general, the shorter the bond between two given
atoms, the stronger it is.

The relationships between bond length, stretching force constant, and bond dissociation
energy are made clear by the potential energy curve for a diatomic molecule, the plot of
the change in the internal energy AU of the molecule A; as the internuclear separation is in-
creased until the molecule dissociates into two A atoms:

A, — 2A

A typical potential energy curve for a diatomic molecule in its ground state is shown in Figure
2.1. Considering the reverse process, namely, the formation of the A, molecule from two A atoms,
we see that the energy of the molecule decreases as the two atoms approach and the bond begins
to form, as the attraction between the bonding electrons and the nuclei increases. As the nuclei
approach each other, the repulsion between them increases and eventually becomes sufficiently
great that the total energy of the molecule passes through a minimum and begins to increase.

The minimum of the potential energy curve occurs at the equilibrium bond length, r,,
of the molecule. The depth of the minimum is the change in the electronic contribution to
the internal energy AU, for a hypothetical state of the molecule at 0 K that has no vibra-
tional, rotational or translational energy (i.e., the energy obtained from ab initio calculations).
The deeper the minimum, the more strongly the atoms are bonded together. For the hydro-
gen molecule, AU, = 458 kJ mol ™!

H, —» 2H AU, = 458 kJ mol~!

At 298 K AU includes vibrational, rotational, and translational energy changes that total 25
kJ mol~!, of which the most important is the vibrational energy, so that the quantity AUsgg
that is measured at 298 K is

AU293 = AUB] - AU\,jb‘ rot, trans = 458 - 25 = 433 kJ I'11017l

This is the quantity called the bond dissociation energy or bond energy.

AU
Figure 2.1 Plot of the energy change
AU for the dissociation of a diatomic
0 v > r molecule. AU, is the value for the hy-

AUygg| [AUq pothetical state of the molecule at 0K
that has no vibration, rotational or
translational energy. AlUjog is for the
value for the dissociation of the mol-
ecule at 298K and includes vibra-
tional, rotational and translational en-
ergy changes.




2.2 Bond Lengths and Covalent Radii B 27

The slope (gradient) of the curve on either side of the minimum shows how rapidly the
energy of the molecule rises as the bond is stretched or compressed, hence it governs the
force constant of the bond and (in combination with the masses) the vibrational frequency
of the bond. The steeper the curve on either side of the minimum, the greater the force con-
stant and (for given masses) the higher the vibrational frequency. A deep minimum usually
has steep sides so that a molecule with a large dissociation energy usually has a large force
constant, and vice versa. However, it should be realized that the force constant is a curva-
ture rather than a slope; that is, it is a second derivative of the energy with respect to dis-
placement. For example, the potential of the harmonic oscillator is a parabola with the
equation V = 1/2kx?, and the larger the force constant &, the more curved the parabola be-
comes.

Another important property of a molecule 1s its electric dipole moment. A molecule has
an electric dipole moment when the center of positive charge resulting from the nuclear
charges does not coincide with the center of negative charge due to the electrons. It is there-
fore a function of the bond lengths and angles and the electron distribution. It is, strictly
speaking, not a bond property, although we may think of each bond as having a bond dipole
that contributes to the overall dipole moment.

We discuss bond lengths in the next section, but we defer the discussion of bond angles
to Chapters 4 and 5, where we discuss all aspects of molecular geometry. In later sections
of this chapter we discuss bond strength in terms of bond enthalpies and force constants, the
determination of approximate values for these properties in polyatomic molecules, and the
determination and analysis of dipole moments.

# 22 Bond Lengths and Covalent Radii

The single most well-defined property of a chemical bond in a molecule is its length—the
distance between the nuclei of the two atoms that are bonded together—called the bond
length. However, it is important to realize that the experimentally measured length of a bond
is only an average value that has some uncertainty because of molecular-vibrations and ro-
tations. Moreover, different experimental techniques do not measure quite the same para-
meter. Electron diffraction gives the distance between two nuclei, but X-ray crystallography
gives the distance between the peaks of maximum electron density that are very close to but
not necessarily exactly at the position of the nucleus. Finally we should note that an exper-
imentally measured bond length is also necessarily slightly different from an ab initio cal-
culated bond length, which is the distance between two hypothetically motionless nuclei in
a free molecule. This distance is called the equilibrium bond length. We use “hypothetical”
because there is no motionless molecule in reality. Even at 0 K, all molecules possess a cer-
tain amount of energy, the zero-point energy of the ground vibrational state, and therefore
all the atoms have some motion. Whether we need to worry about the difference between
the equilibrium bond length and the experimentally determined average bond length and any
uncertainty in these values depends on the purpose for which we are using it. In most of the
discussions in this book we indicate whether the quoted value is an experimental or a cal-
culated value, but do not differentiate between different experimental methods. We consider
that the majority of the bond lengths we quote are accurate to within = 1 pm and most of
the bond angles to * 2°. More detailed discussions of the differences between interatomic
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distances obtained by different methods have been given by Gillespie and Hargittai (1991)
and by Ebsworth, Rankin, and Craddock (1987).

Bond lengths have usually been, and still often are, measured in angstroms (A) but, with the
advent of SI units, the nanometer (107 m) and the picometer (10~ !> m) are now being used
more frequently. In this book we express bond lengths and other molecular dimensions in pi-
cometers, which is for many purposes a more convenient unit than the angstrom (1 A = 100 pm).

The length of the bond between two given atoms in predominately covalent molecules
often varies only slightly from one molecule to another, although there are many exceptions
to this generalization. If the exceptions are ignored, it is possible to divide the approximately
constant length of a given type of bond into a contribution from each atom that is known as
the covalent radius of the atom. Covalently radii are a useful property of an atom in a mol-
ecule because summing them for two atoms A and B gives an approximate value for the
length of a covalent A—B bond. This radius is sometimes called the atomic radius, but the
term “covalent radius” is to be preferred because it clearly refers to an atom forming a co-
valent bond in a molecule, not to the free atom. Table 2.1 gives values for the covalent radii
for elements in groups 13—18. Values are not given for the elements in groups 1 and 2, which
do not form any predominately covalent molecules, and they are not given for He, Ne, and
Ar because these elements are not known to form any stable molecules.

The covalent radii for most of the elements were obtained by taking one-half of the
length of a single bond between two identical atoms. For example, the covalent radius of
sulfur is obtained from the length of the S—S bond in the Sg molecule:

1(S) = ,d(S—S) = !/, X 208 pm = 104 pm
And the covalent radius of carbon can be obtained from the C—C bond length in diamond:
rHC) = ,d(C—C) = 1/ X 154 = 77 pm
For many molecules covalent radii are additive to within =2 pm. For example,

d(C—S) = HC) + r(S) = 77 + 104 pm = 181 pm

Table 2.1 Covalent Radii (pm) for the Elements in Groups 13—-18

Group

13 14 15 16 17 18

H He

37 —
B C N (6] F Ne
88 77 70 65 60 —
Al Si P S Cl Ar
143 117 110 104 99 —
Ga Ge As Se Br Kr
125 122 121 117 114 111
In Sn Sb Te 1 Xe

150 140 141 135 133 130
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which compares well with the experimentally determined values of 180.7 pm in S(CH3), and
181.4 pm in HSCH3.

There has been considerable uncertainty and disagreement concerning the values to be
adopted for the covalent radii of O and F and to a lesser extent that of N because satisfac-
tory values cannot be obtained by taking one-half of the N—N, O—O, and F—F bond lengths
(Box 2.1). Fortunately this is not of great importance because oxygen and fluorine in par-
ticular form very few predominately covalent molecules. Because the hydrogen atom has
only one electron and no inner core, its apparent radius in molecules 1s quite variable. The
value of 37 pm given in Table 2.1 was obtained from the length of the bond in Hp, but in
many molecules it has a radius of approximately 30 pm.

A BOX 2.1 V
The Covalent Radii of Nitrogen, Oxygen, and Fluorine

Two different sets of values for these radii have commonly been given in the past:
those due to Schomaker and Stevenson (1941) and those due to Pauling (1960). These
values together with those from Table 2.1 are given in Table Box 2.1. The
Schomaker-Stevenson values were obtained from the lengths of the bonds in the NoHy,
H,0,, and F> molecules as they were known at that time. The most recent values for
the lengths of these bonds give only very slightly different values. However, it is widely
recognized that the F—F bond in F,, the O—O bond in H,0O,, and the N—N bond in
N,Hy4 are abnormally weak, as is shown by the following bond energies: F—F, 155;
Cl—Cl, 240; 0—O, 142; S—S 260; N—N, 167; P—P, 201 kJ mol~'. So it is rea-
sonable to conclude that these bonds are also abnormally long and that therefore the
“normal” covalent radii of nitrogen, oxygen, and fluorine cannot be obtained from these
bond lengths.

The values for the covalent radii of N and O given in the table do not differ sig-
nificantly from the Pauling values, but the value for fluorine is a little smaller. They
were obtained by extrapolation of the values for the other period 2 elements (Robin-
son et al., 1997). In any case the covalent radii of oxygen and fluorine are of little use
because, as we shall see later, essentially all bonds formed by these elements, except
the O—O, O—F, and F—F bonds, which are abnormally weak and long, have too great
an ionic character to justify the use of covalent radii to calculate bond lengths.

Table Box 2.1 Values for the Covalent Radii of Nitrogen, Oxygen and Fluorine

Schomaker
Atom Pauling and Stevenson Table 2.1
N 70 74 70
0 66 74 65

F 64 72 60
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The concept that the atoms of an element have a constant characteristic covalent radius
is clearly only a rough approximation, inasmuch as we might expect that the radius of an
atom would depend, to some extent, on the oxidation state of the element and on the num-
ber and nature of the attached atoms or groups that are conveniently called ligands. Another
important limitation is that only homonuclear bonds are fully covalent. All bonds between
different atoms are polar, their ionic character depending on the difference in the elec-
tronegativities of the bonded atoms. We discuss the effect of polarity on bond lengths in Sec-
tion 2.5. It is common practice to deduce information about the nature of bonds from their
lengths by comparing an observed bond length with that calculated by adding the covalent
radii of the atoms forming the bond. Differences from the calculated values are then often
interpreted in terms of multiple-bond character (bond order) or polarity (ionic character).

# 2.3 Multiple Bonds and Bond Order

The order of a bond may be defined as the number of electron pairs that constitute the bond.
Thus the bond orders of single, double, and triple bonds are respectively 1, 2, and 3. As the
number of electron pairs forming the bond increases, the attraction of the bonding electrons for
the two atomic cores increases, so the bond strength increases and the bond length decreases.
A well-known example of the effect of bond order on bond length is provided by the bonds
in ethane, ethene, and ethyne, which have the lengths of 154, 134, and 120 pm,
respectively. Covalent radii for doubly and triply bonded atoms can be obtained from double and
triple bond lengths in the same way as for single bonds. Some values are given in Table 2.2.

2.3.1 Resonance Structures

In many molecules the bonds between two given atoms have lengths that are intermediate
between those of single and double bonds or between double and triple bonds. A familiar
example is benzene for which the Lewis structure is

Table 2.2 Single, Double, and Triple Bond Radii (pm)

C N o P S
Single bond 77 70 66 110 104
Double bond 67 61 57 100 94

Triple bond 60 55 52
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which implies that there are alternate single and double bonds. However, all six CC bonds
have the same length of 140 pm, which is intermediate between that for a single bond and
a double bond, C—C and C=C, respectively. Clearly the Lewis structure for benzene is in-
adequate. We can get a better description of the bonding in benzene if we assume that the
structure of benzene is intermediate between the two possible Lewis structures

1 1
H\ C\ /H H\ /C\ /H
TS I
C C C
- 7
H/ \$ \H H/ \| = \H
H

When Lewis structures are used in this way they are called resonance structures. The con-
cept of resonance, which was introduced by Pauling, has a quantum mechanical basis, but it
can be understood without going into its quantum mechanical basis at this point. The two
resonance structures for benzene imply that six of the electrons—those forming the second
component of each of the three double bonds—cannot be considered to be localized as pairs
in three of the six CC bonding regions, as in either of the two resonance structures; rather,
they are spread (delocalized) over all six bonding regions. Each bond can be thought of as
consisting of one shared pair and one-half a shared pair, in other words, three electrons.

|
H .C. H
~en o
c..cC
R SN
H/'C|' H
H

So each bond has a bond order of 1.5, which is consistent with the observed bond length.
These two resonance structures are often called Kekulé structures because they were first
proposed in 1865 by Kekulé, who imagined that the molecule converted very rapidly from
one form to the other. This, however, is not the case: the molecule never has either of the
Kekulé structures but only a single structure, which is intermediate between these two hy-
pothetical structures and is approximately represented as follows:

where the circle represents the six delocalized electrons, and the H atoms and the CH bonds
have been omitted in accordance with a common convention.
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There are many other molecules in which some of the electrons are less localized than
is implied by a single Lewis structure and can therefore be represented by two or more res-
onance structures. For example, the three bonds in the carbonate ion all have the same length
of 131 pm, which is intermediate between that of the C—O single bond in methanol (143
pm) and that of the C=0 double bond in methanal (acetaldehyde) (121 pm). So the car-
bonate ion can be conveniently represented by the following three resonance structures:

Y Y
0=c_ G 0—C_
0 0 0

In these structures one pair of electrons on each oxygen is a lone pair in two of the struc-
tures and a bond pair in the other structure. Thus two of the electrons associated with each
oxygen atom are not as localized as a single Lewis structure depicts. They behave partly as
a lone pair and partly as a bonding pair.

The need to use two or more resonance structures to describe the bonding in a molecule is
a reflection of the inadequacy of Lewis structures for describing the bonding in molecules in
which some of the electrons are not as localized as a Lewis structure implies.

Although there are better ways of describing delocalized electrons, because Lewis struc-
tures are simple, resonance structures are still often used in describing the bonding in a mol-
ecule. It is important to remember that despite its rather misleading name, resonance is not
a phenomenon. Resonance structures are simply a crude way of representing an electron dis-
tribution that cannot be described by a single Lewis structure, Nevertheless, resonance is
sometimes said to increase the stability of a molecule in the sense that the energy of a mol-
ecule is lower than that estimated for two or more equivalent resonance structures, such as
the Kekulé structures of benzene, and the difference is called the resonance energy. How-
ever, the source of this extra stability is not a phenomenon associated with resonance but
rather the decreased repulsion energy that arises from the electrons being farther apart (i.e.,
more delocalized), than in either of the resonance structures, so that resonance energy is also
called delocalization energy.

Resonance or delocalization energy is not a real energy inasmuch as it is not something that
can be measured. It is simply the difference between the actual energy of the molecule and
the energy of two or more hypothetical resonance structures.

Resonance structures have also been used to describe the polarity of bonds. For exam-
ple, H—CI can be described by the two resonance structures:

H—CI H* CI™

The first represents a hypothetical HCI molecule with a purely covalent bond in which the
two bonding electrons are equally shared between the two atoms, and the second a hypo-
thetical molecule with a purely ionic bond in which both the bonding electrons have been
transferred to the chlorine atom. In this case the two resonance structures do not necessarily
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contribute equally to the description of the real structure, but they may be given weights ap-
propriate to describe the estimated or assumed polarity of the molecule. However, it is not
necessary to use resonance structures to describe a molecule such as H—CI if we recognize
that a bond between atoms of different electronegativity is necessarily polar. To emphasize
the polarity, the common convention of adding 6+ and 6— signs to the appropriate atoms
can be followed, as in H3*—CI%—.

Multiple bonds between atoms with different electronegativities such as the C=0 and
S==0 bonds, are also necessarily polar. This polarity is frequently represented by resonance
structures such as

C=0 and C*—O~ S=0O and ST—O~

where C=0 represents a hypothetical purely covalent double bond and C*—O~ represents
a covalent bond plus an ionic bond. This description of a polar double bond to oxygen is
somewhat limited in that it does not allow for the possibility that the oxygen might have a
charge of greater than 1.0, as we shall see later is indeed the case for some SO and PO bonds.
Thus the two resonance structures

X=0 and X2t0o2-

would give a more general description of a polar X=0 bond. But the polarity can be equally
well represented by C3+=0°%", although this representation is less commonly used for mul-
tiple bonds than for single bonds.

Before discussing the effect of bond polarity on bond lengths it will be convenient to
introduce the concept of an ionic radius.

% 2.4 lonic Radii

The concept of an ionic radius has proved useful for the discussion of the structures of ionic
crystals, which in many, but by no means all cases can be understood in terms of the possi-
ble packing arrangements of ions of different sizes, assuming that ions can be represented
as hard spheres with a constant characteristic radius. Because ionic bonds are necessarily be-
tween dissimilar atoms, the same technique used for obtaining covalent radii cannot be used
to obtain ionic radii. The problem is to find a method for dividing the interionic distance into
separate components for each ion. Once the radius of one ion has been obtained, the radius
of any other ion can then be obtained, assuming that the radii are additive. It is possible to
obtain some anion radii from the anion—anion distance in crystals containing large anions
and small cations in which there is good reason to believe that the anions are close-packed
and therefore touching each other, in which case one-half the distance between the anions
can be taken as the anion radius.

The O~ ion has often been chosen as the basis for deducing a set of ionic radii because
it has the advantage of being found in combination with a wide range of elements. A widely
used set of ionic radii was given by Pauling based on a radius of 140 pm for the oxide ion
(Table 2.3). On the basis of these values, it is in principle possible to predict the interionic
distance in any crystal and, assuming that the larger ions (usually the anions) pack as closely
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Figure 4.22 The less electronegative ligands always preferentially occupy the less crowded equator-
ial sites of a trigonal bipyramid, leaving the more electronegative ligands in the more crowded axial
sites.

() (b)
Figure 4.23 Lone pairs always occupy the less crowded equatorial sites of a trigonal bipyramid. (a)
The disphenoidal geometry of the AX4E molecule SF,. (b) and (c) T-shaped AX;E, molecules. (d) A
linear AX,E3.

(d)

(Figure 4.23). or as the “sawhorse” geometry. All AX3E; molecules have a T shape, and all
AX,E3 molecules are linear (Figure 4.23). In all cases, because of the larger size of a lone
pair domain, the equatorial-equatorial bond angle is smaller than 120° and the axial-equa-
torial bond angle is smaller than 90°.

With increasing size of the central atom, the lone pair domain is able to take up more
space in the valence shell of the central atom, pushing the ligands close together. So the bond
angles decrease with increasing size of the central atom just as we saw for AX3E and AX,E,
molecules. As we see by the examples in Figure 4.24, multiple bond domains occupy more
of the angular space around a core,

multiple bond domains always occupy the less crowded equatorial sites in an AXs molecule.
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Figure 4.24 Double bonds always occupy the less crowded equatorial sites of a trigonal bipyramid
and form larger bond angles than single bonds.

Figure 4.24 also shows that multiple bonds distort the bond angles in the same way as a lone
pair.

@ 4.7 Limitations and Exceptions

There are a number of apparent exceptions to the VSEPR model, most of which can be clas-
sified into two main groups: those due to ligand-ligand interactions and those due to the non-
spherical cores found in transition metal molecules.

4.7.1 Ligand—Ligand Interactions

We have already mentioned that the bond angles in N(CH3);, O(CHj3),, and OCl, are larger
than 109.5°. A similar exception is the Li,O molecule, which according to ab initio calcu-
lations is linear. As we shall see in Chapters 7 and 8, these exceptions arise because in these
molecules the ligands are not electronegative enough to localize the electrons in the valence
shell of the central atom into pairs. Therefore the VSEPR model is not valid for these mol-
ecules. In the case of Li,O, the electrons in the valence shell of the central oxygen atom are
so poorly localized that the central oxygen is close to being a free oxide ion with a spheri-
cal electron density distribution. In such a case, the geometry is dominated by ligand-ligand
interaction, which is minimized in the observed linear geometry. In Chapter 5 we will see
that ligand-ligand interactions are also important in many molecules to which the VSEPR
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model applies. Consideration of these interactions gives us a still better understanding of the
geometry of these molecules.

The VSEPR model emphasizes the geometric arrangement of bonding and nonbonding
electron pairs as the major factor determining molecular geometry. The possibility that re-
pulsive interactions between the ligands might play an important role in determining the
geometry of molecules has also been considered from time to time. These interactions have
generally been regarded as relatively unimportant except for molecules with very bulky
ligands such as the s-butyl group. Recently, however, it has been shown that such interac-
tions may be much more important than has generally been supposed, and a new model of
molecular geometry, the ligand-close packing (L.CP) model, has been developed based on
ligand-ligand repulsions. The LCP model is applicable to many molecules, but it is partic-
ularly useful for molecules with small central atoms such as those of period 2, and for mol-
ecules in which the ligands are insufficiently electronegative to strongly localize the elec-
trons in the valence shell of the central atom into pairs. It provides good explanations for
many of the exceptions to the VSEPR model, and it can give more quantitative predictions
of the deviations of bond angles from the ideal angles of 90, 109.5, and 120° than the VSEPR
model. We discuss the LCP model in Chapter 5.

4.7.2 Transition Metal Molecules

The core of a transition metal in a molecule is generally not spherical because unlike the
core of a main group element, it does not consist of completed shells. The outer shell of the
core is often incomplete and contains nonbonding electrons. For example, in the series of
molecules ScCly, TiCl,, VCl,, CrCl,, MnCl,, . . ., the transition metal has respectively 1,
2,3,4,and 5, . . ., nonbonding electrons. These nonbonding electrons are found in the outer
shell of the core rather than in the valence shell, as in a molecule of a main group element.
As we have seen, nonbonding or lone pair electrons in a valence shell have an important ef-
fect on bond angles and lengths, which is described by the VSEPR model. In contrast, the
nonbonding electrons in the core of a transition metal have a smaller and less direct effect
on molecular geometry. Because of the presence of these nonbonding electrons, the core gen-
erally does not have the spherical shape characteristic of the core of main group elements.
This nonspherical shape of the core affects the geometry of the molecule in a different man-
ner from that of nonbonding electrons in the valence shell of a nonmetal atom. We discuss
the geometry of transition metal molecules again in Chapter 9.
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LIGAND-LIGAND INTERACTIONS
AND THE LIGAND
CLOSE-PACKING (LCP) MODEL

@ 5.1 Introduction

The VSEPR model assumes that the geometry of a molecule is determined by the arrange-
ments of bonding and nonbonding electron pairs in the valence shell of an atom, and it may
therefore be called an electronic model. In this chapter we consider an apparently different
model that assumes that the geometry of a molecule is determined simply by the repulsive
interactions between the ligands and may therefore be called a steric model. According to
this model, the geometry of an AX, molecule is the geometry that allows » ligands to ap-
proach as closely as possible to the central atom A, that is, to adopt a close-packed arrange-
ment around A, thus minimizing the energy of the molecule. This model is called the lig-
and close-packing (L.CP) model.

The close packing of anions around cations has long been recognized as one of the main
factors determining the structures of ionic crystals. Similarly, the structures of many mole-
cular solids are determined by the tendency of the molecules to pack together as closely as
possible under the influence of the relatively weak van der Waals attractive forces that act
between all closed-shell atoms and molecules. When the molecules reach their equilibrium
positions, this attractive force is just balanced by the repulsive “Pauli force™ that arises from
the distortion of their electron distributions as they resist overlapping each other. We saw a
simple example of a “Pauli force” in Chapter 3. The repulsion between two helium atoms
resulting from the distortion of their charge clouds as they resist overlapping as the two He
atoms come together prevents the formation of a stable molecule.

To a first approximation, atoms in molecules may be regarded as hard spheres with a
segment cut off in the bonding direction, as in the familiar space-filling models. The radius
of the atom in a nonbonding direction is called the van der Waals radius. Half the distance
between two atoms of the same kind in adjacent molecules at equilibrium is taken as the van
der Waals radius (Figure 5.1). In assigning a fixed radius in this way, we assume that atoms

113
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Figure 5.1 Van der Waals and covalent radii in a diatomic mole-
cule.

have a spherical shape except in a nonbonding direction, which may not be correct, and that
they are incompressible, which is only very approximately true. The van der Waals radius
of an atom does not have a truly constant value because it depends to some extent on the
strength of the forces holding the molecules together. Moreover, atoms in molecules are not
truly spherical, so that they may have a different nonbonded radius in different directions,
and they may also be more compressible in one direction than another. Figure 5.2a shows
the electron density distribution of the Cl, molecule, a topic we discuss in more detail in

(a) (b)
Figure 5.2 (a) Electron density contour map of the Cl, molecule (see Chapter 6) showing that the chlo-
rine atoms in a Cl, molecule are not portions of spheres; rather, the atoms are slightly flattened at the
ends of the molecule. So the molecule has two van der Waals radii; a smaller van der Waals radius,
rp = 190 pm, in the direction of the bond axis and a larger radius, r; = 215 pm, in the perpendicular
direction. (b) Portion of the crystal structure of solid chlorine showing the packing of Cl; molecules
in the (100) plane. In the solid the two contact distances r; + r; and r; + r; have the values 342 pm
and 328 pm, so the two radii are ry = 171 pm and r, = 157, pm which are appreciably smaller than
the radii for the free Cl, molecule showing that the molecule is compressed by the intermolecular forces
in the solid state.
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Chapter 6. The outer contour in this map is for a density of 0.001 au, which has been found
to represent fairly well the outer surface of a free molecule in the gas phase, giving a value
of 190 pm for the radius in the direction opposite the bond and 215 pm in the perpendicu-
lar direction. In the solid state molecules are squashed together by intermolecular forces giv-
ing smaller van der Waals radii. Figure 5.2b shows a diagram of the packing of the Cl; mol-
ecules in one layer of the solid state structure of chlorine. From the intermolecular distances
in the direction opposite the bond direction and perpendicular to this direction we can de-
rive values of 157 pm and 171 pm for the two radii of a chlorine atom in the Cl, molecule
in the solid state. These values are much smaller than the values for the free molecule in the
gas phase. Clearly the Cl, molecule is substantially compressed in the solid state. This ex-
ample show clearly that the van der Waals of an atom radius is not a well defined concept
because, as we have stated, atoms in molecules are not spherical and are also compressible.

Nevertheless values for the van der Waals radii of atoms are often quoted in textbooks
and some typical values are given in Table 5.1. Their accuracy is no more than £5 pm. We
see that the radius usually given for chlorine (180 pm) is substantially larger than the two
values given above for the Cl atom in the Cl, molecule in the solid state. This discrepancy
arises because chlorine has a negative charge in most molecules other than Cl, (a conse-
quence of its large electronegativity). As we discuss later in this chapter, the larger the neg-
ative charge of an atom the greater is its size. Indeed the often quoted value of 180 pm for
the van der Waals radius of the chlorine atom is essentially the same as its ionic radius of
181 pm (Tables 2.4 and 2.6), implying that in most molecules a chlorine atom has a large
negative charge, as we will see later is indeed the case. Radii of the isolated free atoms ob-
tained from calculated electron densities (Chapter 6) are also given in Table 5.1. The radii
of isolated free atoms are larger than the van der Waals radii obtained for the solid state by
approximately 10 pm but they vary in the same way as the van der Waals radii.

Van der waals radii have been used in several different ways, although any conclusions
drawn from their use must be viewed with appropriate skepticism because of their approxi-
mate nature. For example, when two atoms in different molecules have an interatomic dis-

Table 5.1 Van der Waals, |,3 Nonbonded Radii and Radii of Isolated
Free Atoms (pm)

1,3 Nonbonded Van der Waals Radius of Isolated Gas
Element Radius Radius Phase Atom?
H 92b 120 134
C 125 — 173
N 114b 150 162
(0] 113 140 154
F 108 135 147
Si 155¢ — 212
P 145¢ 190 203
N 145¢ 185 197
Cl 144° 180 189

3From calculated electron densities (Chapter 6).
1,3 radii due to Bartell (1960).
1,3 radii due to Glidewell (1975, 76).
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Figure 5.3 Steric interaction between the ortho chlorine
atoms in biphenyl prevents the two rings from adopting a
coplanar orientation.

tance that is substantially shorter than the sum of their van der Waals radii it is often con-
sidered that there is a bonding interaction between them. They have also been used to ac-
count for an otherwise unexpected geometry of a molecule. For example, two chlorine sub-
stituents in ortho positions in biphenyl in the expected planar conformation would be closer
together than the sum of their van der Waals radii. Hence the two rings twist out of the pla-
nar conformation to enable the two chlorine atoms to move further apart so that the repul-
sive force between them is reduced (Figure 5.3). Such effects are commonly called steric ef-
fects. The interactions that are usually considered in the discussion of steric effects are
between atoms that are not bonded to a common atom as in Figure 5.3. It has been less com-
monly recognized that the repulsive interactions between ligands bonded to a common atom,
as in AX,, molecules, can be important in determining the bond lengths and angles in many
molecules. Such ligands are referred to as geminal ligands from the Latin gemini (twins).
We discuss the importance of repulsive interactions between germinal ligands in determin-
ing molecular geometry in the following section.

# 5.2 Ligand-Ligand Interactions

In an early electron diffraction investigation of the structure of 2-methylpropene (isobut-
ylene), Bartell and Bonham (1960) found that the three terminal carbon atoms are arranged
in an almost perfect equilateral triangle around the central carbon despite the considerable
difference in the single and double bond lengths (Figure 5.4). This result led Bartell to sug-
gest that the terminal carbon atoms are close-packed around the central carbon atom. He then

H5C

150.5

Figure 5.4 Geometrical parameters for 2-methylpropene (iso-
butene) determined by Bartell in 1960. The three terminal car-
bon atoms lie at the corners of an equilateral triangle.
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suggested that this close packing is responsible for the short length of 150.5 pm of the sin-
gle C—C bonds in (CH3),C=CH, compared to the length of 154 pm for a C—C bond in a
four-coordinated molecule such as ethane. Three ligands can pack more closely than four,
resulting in correspondingly shorter bonds. Bartell pointed out that since this purely steric
effect could explain these short bonds, it is not necessary to resort to electronic explanations
such as a change in hybridization from sp? to sp?, which in any case is a description rather
than an explanation. He followed up this suggestion by showing that he could account for
the interligand distances in a variety of substituted ethenes and ketones by attributing a con-
stant nonbonded radius to each of the ligand atoms, assuming that they could be regarded as
hard spheres. The radii that he determined are given in Table 5.1 (Bartell 1960). Some ex-
amples of the agreement between interligand distances and experimental values for the mol-
ecules that he studied are given in Figure 5.5.

Later Glidewell (1975, 1976) extended Bartell’s radii to ligands that had not been stud-
ied by Bartell. He called them 1, 3 radii because they are the radii relevant to the first and

215

A131.7

Figure 5.5 Interligand distances (pm) in some of the substituted ethenes and ketones from which Bartell
deduced the ligand (1,3) radii in Table 5.1.
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] . . ) )
to2ns Figure 5.6 The intramolecular 1,3 radius | 3 of B in an angular molecule AB,.

third atoms in a sequence of three bonded atoms (Figure 5.6). Some of his values are also
given in Table 5.1. These 1,3 radii are smaller than the corresponding van der Waals radii.
Atoms bonded to a common atom (geminal atoms) are squeezed together more strongly than
atoms in separate molecules. The attractive force pulling the atoms toward the central atom
and therefore toward each other in a molecule is much stronger than the weak van der Waals
forces acting between separate molecules or between atoms in the same molecule that are
not bonded to the same atom. Hargittai (1985) has drawn attention to the very nearly con-
stant distances between two given ligands in a number of related molecules, as would be ex-
pected from Bartell’s close-packing model, but he noted that this constant interligand dis-
tance was not always equal to the sum of the Bartell radii. For example, Hargittai found a
very nearly constant value of 248 pm for the O---O distance in a wide variety of XYSO;
molecules (Table 5.2), but he noted that this distance is considerably longer than the value
of 226 pm obtained from twice the 1,3 radius of oxygen.

Despite the apparent success of Bartell’s radii and the appealing simplicity of the model,
the importance of ligand—ligand interaction in determining geometry was not widely accepted.
An important reason for the lack of enthusiasm for the model was that when it was applied
to molecules with central atoms other than the carbon atom, interligand distances often did
not agree with the sum of the Bartell radii, as we have just seen in the case of the SO, group.
This disagreement arises because the ligand radius of a ligand atom depends on the nature
of the atom to which it is bonded, as we discuss in the following section. The 1,3 radius of
oxygen bonded to sulfur, for example, is not the same as the radius deduced by Bartell be-
cause the latter applies only to oxygen bonded to carbon.

Table 5.2 SO Bond Lengths, OSO Bond Angles, and O---O Interatomic
Distances in Some XYSO, Molecules

$=0O Bond Length

Molecule (pm) OSO Angle (%) Q-0 (pm)
FSO,F 139.8 125.1 248
FSO,0CH; 141.0 124.4 248
FSO,CH; 141.1 123.1 248
CISO,Cl 140.5 123.5 249
CISO,C¢Hs 141.8 122.3 248
CISO,CH; 142.5 120.8 248
CISO,CF; 141.6 1224 248
CISO,CCl; 142.1 121.5 248

CH3SO,CHj; 143.6 119.7 249
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# 53 The Ligand Close-Packing (LCP) Model

In 1997 and 1998 Gillespie and Robinson and their colleagues published the results of an
extensive study of interligand distances in a wide variety of AX,, molecules in which A is
from the second period and X is fluorine, chlorine, oxygen, or a hydroxy group. They showed
that the distance between two given ligands is remarkably constant for a given central atom
A. Some examples of F---F interligand distances in some molecules of beryllium, boron. and
carbon are given in Table 5.3. We see that the F---F distance is very constant in these mol-
ecules and independent of whether the central atom is three- or four-coordinated and of the
presence of other ligands. But the average F--‘F distance decreases as the central atom changes
from beryllium to boron to carbon. Similarly, constant Cl---Cl distances are found in the
chlorides of these elements (Table 5.4) and constant C---C distances are found in molecules
with BC,, and CC,, groups (Table 5.5).

These constant intramolecular distances between two X ligands are consistent with the
model of ligands as hard objects tightly packed around the central atom A. Each ligand can
then be considered to be touching its neighbors and can be assigned a nonbonded radius,
which is given by half the ligand-ligand distance. This nonbonded radius we call the in-
tramolecular ligand radius, or simply the ligand radius. On this basis we can assign a

Table 5.3 Bond Lengths, Bond Angles, and F---F Distances in Some
Molecules Containing BeF,,, BF,, and CF, Groups

Coord.

Molecule No. A—F (pm) FAF (%) F---F (pm)
BeF;~ 3 149 120 258
BeF42~ 4 155.4 109.5 254

Mean 256
Fs:B 3 130.7 120.0 226
F,B—OH 132.3 118.0 227
F,B—NH, 132.5 117.9 227
F>,B—Cl 131.5 118.1 226
F,B—H 131.1 118.3 225
FysB~ 4 138.2 109.5 226
F3B—CH;~ 142.4 105 4 227
FsB—CF3~ 139.1 109 .9 228
F3;B—PH; 137.2 112.1 228

Mean 226
CF;*a 3 1244 120 216
F,C=CF, 131.9 1124 219
F,C=CCl, 131.5 112.1 218
F>,C=CH, 1324 109.4 216
F,C=CHF 133.6 109.2 218
F,C 4 131.9 109.5 215
F,C—CF; 132.6 109.8 217
F;C—OF 1319 109.4 215
F,CO~ 139.2 101.3 215

Mean 216

2Ab initio calculated structure,
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Table 5.4 Bond Lengths, Bond Angles, and CI---C| Distances in Some
Molecules Containing BeCl,, BCl,, or CCl, Groups

Coord. A—Cl

Molecule No. (pm) CIACI (°) Ci---Cl (pm)
ClBe(NCMe), 4 197.8 116.8 337
Cl,Be(OEL), 197.8 116.6 337

Mean 337
BCl; 3 174.2 120.0 301
Cl,B—BCl, 175.0 118.7 301
BCl,~ 4 183.3 109.5 299
H;3;N—BCl; 183.8 111.2 303
CsHsN—BCl; 183.7 110.1 301
Me;N-—BCl, 183.1 109.3 299
Ph;P—BCl; 185.1 109.5 302

Mean 301
CL,CO 3 173.8 111.8 288
Cl,C=CH, 171.8 1124 286
CCly 4 177.1 109.5 289
H,CCl, 176.5 112.0 293
F,CCly 1744 1125 290
Me,CCl, 179.9 108.3 292
CI;,C—CCl3 176.9 108.9 288
C1;CH 175.8 111.3 290
C1;CF 176 109.7 291

Mean 290

Table 5.5 Bond Lengths, Bond Angles, and C---C Distances in Some
Molecules Conrtaining BC,, and CC,, Groups

Coord. Bond Bond

Molecule No. Length (pm) Angle (°) C---C (pm)
B(CH3)3 3 157.8 120.0 273
(CH3),BNCO 156.3 123.6 276
(C¢Hs),BCl 155.9 123.3 274
B(CH,CH3); 157.3 120.0 273
B(CgHs)3 158 120.0 274
Mean 274

(H3C1H,C2=C(CH3), 3 1: 150.5 1-1: 113.2 251
2:133.6 1-2: 1234 250

(H3C1,C*=CH;, 1: 150.7 1-1: 1158 255
2:1342 1-2: 122.1 249

C;3Hg—C;Hi4 4 153.1 -153.9 111.9-112.9 254-255
(CH3),CHCI 1527 112.7 254
(HCCl,),CH, 152.7 114.2 256
(H,CCI),CH, 153.1 111.6 253
(BrCH,),CH, 152.7 1114 252
Diamond 154.4 109.5 252

Mean 254
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Table 5.6 Ligand Radii (pm)

Central Atom

Ligand Be B C N
H — 110 90 82
C — 137 125 120
N 144 124 119 —
O 133 119 114 —
F 128 113 108 108
Cl1 168 151 144 142

value of 108 pm for the radius of an F ligand bonded to carbon, 113 pm for the radius of an
F ligand bonded to boron, and a radius of 128 pm for a F ligand bonded to beryllium. Table
5.6 gives values of the ligand radii for H, F, Cl, O, N, and C bonded to Be, B, C and N.

Why does the radius of a given ligand depend on the atom to which it is bonded? With
decreasing electronegativity of the central atom, the ligand acquires a greater share of the
bonding electrons, thus increasing its negative charge. The size of the atom and therefore its
ligand radius increases as it acquires more electron density up to the limit at which it be-
comes a true ion. It then has its maximum radius, which would be expected to be the same
as its ionic crystal radius. We see in Table 5.6 that the ligand radius of a given ligand de-
creases from left to right across the periodic table as the electronegativity of the central atom
A increases and the ligand charge decreases. For example, the ligand radius of fluorine bonded
to beryllium, boron, and carbon decreases from 128 to 113 to 108 pm. These radii correlate
well with the charges on fluorine determined by the analysis of the electron density distrib-
ution (Chapter 6), which are —0.88 in BeF;, —0.81 in BF3, and —0.61 in CF4. As we can
see in Table 5.6, the radii for ligands attached to the weakly electronegative Be atom are
close to the ionic radii (Table 2.3) consistent with the expected high negative charges on the
much more electronegative ligands in these molecules. The charge on a given ligand atom
bonded to the same central atom also varies from molecule to molecule. As we shall see in
Chapter 8, however, this variation is much smaller than the change in the ligand charge as
the central atom changes, so it has only a very small and usually negligible effect on the lig-
and radius.

The ligand radii in Table 5.6 for ligands bonded to carbon agree well with Bartell’s val-
ues, as would be expected, but the other radii are different. This is the reason for the lack of
success of the 1,3 radii when applied to a range of molecules. Glidewell had assumed that
the 1,3 radius was independent of the central atom, so the radii he obtained were not a con-
sistent set, since the radii for different ligands were obtained for different central atoms.

The constancy of the ligand radii, in contrast to van der Waals radii, suggests that gem-
inal ligands on molecules of period 2 elements are squeezed together almost to their limit of
compressibility. The repulsive interaction between two atoms is usually represented by a
steeply rising potential such as that shown in Figure 5.7. This potential is often approxi-
mately represented by a function of the type

V= C/ri2
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%0 allb
T d Figure 5.7 The variation of the potential energy as two non-
bonded atoms approach each other: curve a, the hard sphere
Hard sphere model model; curve b, a potential of the form V = C/r'2.

where V is the potential energy, r the distance between the two atoms, and C a constant. This
potential energy curve is very steep at distances corresponding to interligand distances but
much less steep at distances corresponding to the distances between atoms in separate mol-
ecules, or to atoms in the same molecule that are not bonded to a common atom. Such atoms
are therefore much more compressible than geminal atoms. Consequently distances between
two atoms in two separate molecules that are “touching” each other in the solid state are
much more variable than the distances between the same two atoms when they are geminal
atoms in the same molecule.

# 54 Bond Lengths and Coordination Number

For AX,, molecules with no lone pairs in the valence shell of A, both the VSEPR model and
the LCP model predict the same geometries, namely AX; linear, AX; equilateral triangu-
lar, AX4 tetrahedral, AXs trigonal bipyramidal, and AX¢ octahedral. Indeed Bent’s tangent
sphere model can be used equally as a model of the packing of spherical electron pair do-
mains and as a model of the close packing of spherical ligands around the core of the cen-
tral atom.

An important consequence of the LCP model is that bond lengths are expected to in-
crease with increasing coordination number from two to three to four to six.

Bond lengths in AX,, molecules increase with increasing coordination number n.

This variation of bond length with coordination number is shown by the data in Tables 5.3
and 5.4 and in Figure 5.8. Because the two ligands in an AX; molecule are not close-packed,
the bond distance in a two-coordinated molecule is not restricted by interactions between the
ligands. Thus we can think of it as the “natural” bond length for these two atoms. In three-
and four-coordinated molecules the bonds are longer because ligand-ligand repulsions pre-
vent them from reaching this shorter “natural” bond length. Although in a two-coordinated
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Figure 5.8 Bond lengths increase with increasing coordination number from 2 to 3 to 4.

molecule the ligands are not close-packed (i.e., are not “touching” each other), the linear
geometry of the molecule can still be attributed to ligand-ligand interactions, which are min-
imized in this geometry.

The increase in bond length with increasing coordination number provides a simple steric
explanation of why the bond length in BF; is shorter than in BFE,~. We do not therefore need
the back-bonding model (described in Chapter 2) to explain this bond length difference. Ac-
cording to this model the bonds in BF; are considered to have some double bond character
as a consequence of back-bonding, while the bonds in BF,~ are regarded as single bonds.
As we will discuss in Chapter 9, the large differences between the bond lengths of mole-



124 M Ligand-Ligand Interactions and the Ligand Close-Packing (LCP) Model

cules such as SiF¢2~ (169.4 pm) and SiF4 (155.5 pm) and between PClg™ (212 pm) and
PCly* (192 pm) can be similarly explained in terms of close packing of the ligands.

® 5.5 Molecules with Two or More Different Ligands

Interligand distances between two different ligands in a molecule are given to a very good
approximation by the sum of the appropriate radii.

Examples in addition to those in Figure 5.5 are given in Tables 5.7-5.10. In these tables we
see that the F---Cl, F---O, CI---O, C:-F., and C---Cl interligand distances are all very nearly
constant, and their mean value in each case agrees well with the sum of the ligand radii. This
good agreement provides further strong evidence for the LCP model and confirms the va-
lidity and usefulness of the ligand radii. The interligand distances remain constant in these
molecules despite considerable differences in the bond lengths and bond angles. When a lig-
and X in an AX,, molecule is replaced by a ligand Y, there will in general be a deviation
from a regular geometry, that is, from the ideal bond angles of 90, 109.5, and 120°. There

Table 5.7 Interligand Distances in Some Chlorofluorocarbon Molecules

Bond Lengths (pm)

Bond
Molecule C—F c—Ci Angle (°) F---Cl (pm)
FCCl, 133 176 109.3 253
F,CCl, 134.5 174.4 109.5 253
F3CCl1 132.8 175.1 110.4 254
F,CHC1 135.0 174.7 110.1 255
FCICO 133.4 172.5 108.8 250

Mean 253
Sum of ligand radii 252

Table 5.8 Interligand Distances in Some Oxofluorocarbon Molecules

Bond Lengths (pm)

Bond

Molecule C—F c—O Angle (°) O--F (pm)
(CF3),0 132.7 136.9 110.2 221
CF;0~ 139.2 1227 116.2 223
CF;0F 131.9 139.5 109.6 222
F,CO 131.7 117.0 126.2 222
FCH;CO 134.8 118.1 121.7 221
FCICO 133.4 117.3 123.7 221
FBrCO 131.7 117.1 125.7 222

Mean 222
Sum of ligand radii 222
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Table 5.9 Interligand Distances in Some Fluorocarbon Molecules

Bond Lengths (pm)

Bond angle
Molecule C—F c—C for CCF C:-F (pm)
F3C—CF; 132.6 154.5 109.8 234
(CF3);CH 133.6 156.6 110.9 237
(CF3)CCl 1333 154.4 111.0 237
H;CCOF 136.2 150.5 110.5 236
F,C=CF, 131.9 131.1 123.8 232
F,C=CCl, 1315 134.5 124.0 235
F,C=CH, 131.6 1324 125.2 234
trans-FCH=CFH 134.4 132.9 119.3 231

Mean 234
Sum of ligand radii 232

are two reasons for the effect of the ligand Y on the bond angles: (1) it has a different size
(ligand radius), and (2) it forms a bond of a different length. Generally, larger ligands form
longer bonds, and so these two factors often approximately cancel and their combined effect
on the bond angles may be relatively small, as shown by the nearly tetrahedral bond angles
in some chlorofluorocarbon molecules (Table 5.7). The largest effect on the bond angles is
seen when a ligand is replaced by another ligand of comparable size that nevertheless forms
a shorter bond. This is shown clearly when we compare F,A=—0 molecules with the corre-
sponding AF3; molecules and F3A=0 molecules with the corresponding AF4 molecule as in
Figure 5.9. In F,CO, despite the similar ligand radii of O and F, the FCO angle is 125.2°
and the FCF angle is 107.6°. This difference in bond angles is a consequence of the short
length of the CO bond (117.0 pm) compared to the CF bond (132.0 pm) and the requirement
that the ligands remain close-packed. The close packing of the ligands is shown by the in-
terligand distances, which are close to the sum of the ligand radii. Similarly, in POF3 the
FPF angles are smaller than the tetrahedral angle owing to the short length of the PO bond.
We note also that the AF bond length increases from CF;* to F,CO and from PF4% to F3PO.
In both cases, for the more strongly bonded oxygen ligand to reach its equilibrium distance

Table 5.10 Interligand Distances in Some Chlorocarbon Molecules

Molecule Bond Lengths (pm) CCI () C---Cl (pm)
(CH3),CCl, 152.3 179.9 108.9 271
CH;CH,CI 152.8 174.6 110.7 274
CH,;COCl 150.8 179.8 1122 275
OCIC-COCI 153.6 174.6 111.7 272
CL,C=CCl, 1355 1719 122.2 270
H,C=CHCl 135.5 172.8 121.1 269
ClL,C=C=CH, 132.6 173.3 122.2 269

Mean 27]

Sum of ligand radii = 271
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from the central atom, it pushes away the more weakly bound fluorine ligands, increasing
the length of the A—X bond and decreasing the FAF bond angle. The short CF bond in
CF3™, like that in BF; discussed in Chapter 2, was formerly attributed to double-bond char-
acter arising from back-donation of lone pair electrons from fluorine to the central atom.
However, ligand close packing provides an alternative explanation that must be at least an
important factor in the bond shortening and may be the only cause. Because multiple bonds
are considerably shorter than comparable single bonds, the angles between them are gener-
ally larger than between single bonds, as we saw in Figure 4.19. This explanation is an al-
ternative to the larger double bond domains of the VSEPR model. We will discuss further
examples of bond angles in molecules containing multiple bonds in Chapters 8 and 9.

® 5.6 Bond Angles in Molecules with Lone Pairs

It might at first sight appear that the LCP model is not consistent with the effect of lone pairs
on geometry that is so nicely accounted for by the VSEPR model. For example, the pack-
ing of three ligands around a central atom might be expected to lead to the same planar tri-
angular geometry for both an AX3 and an AX3E molecule. This would indeed be true for a
hypothetical purely ionic molecule consisting of three spherical X~ anions packed around a
spherical central cation A. However, we will see that if the central atom in a real molecule
has unshared electrons, the central atom is not spherical. This is because the bonding elec-
tron density and the negative charge on the ligands interact with the unshared valence den-
sity, which would be spherical in the free ion, pushing it to one side of the core and creat-
ing lone pairs even in a very ionic molecule. This is illustrated in Figure 5.10 for the case
of PF; in which we imagine three spherical F~ ions approaching a spherical P>* ion that
consists of a spherical P>" core and two nonbonding electrons surrounding the core in a
spherical distribution. As the F~ ions approach the P3>* ion, they distort the spherical distri-
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p>+ 2 electrons
“lone pair”

Figure 5.10 Representation of the formation of the lone pair in the PF3 molecule. (a) An isolated P>+
ion consisting of a P>* core surrounded by two nonbonding electrons in a spherical distribution. (b)
Three approaching F~ ions distort the distribution of the two valence shell electrons pushing them to
one side of the P> core. (¢) When the F ligands reach their equilibrium positions, the two nonbond-
ing electrons are localized into a lone pair, which acts as a pseudo-ligand giving the PF3 molecule its
pyramidal geometry.

bution of the two nonbonding electrons, pushing them to one side and into a more localized
distribution—in other words, causing them to adopt the distribution of a typical nonbonding
domain. The three F ligands then avoid the lone pair domain, thus adopting a trigonal pyra-
midal geometry as predicted by the VSEPR model. The lone pair domains occupy part of
the valence shell, preventing the ligands from occupying this space. The lone pairs can there-
fore be regarded as pseudoligands, and as a result, the predicted AX,E, AX3E, and AX,E,
geometries are the same as predicted by the VSEPR model.

Because of the tendency of the lone pair density to spread out as much as possible, the
ligands in AX,E, AX;E, and AX,E; molecules are generally pushed into contact, giving the
same ligand-ligand distances as in AX3 and AXy molecules (Figure 5.11). On the basis of
the assumption that lone pair domains are larger than bonding pair domains, the VSEPR
model predicts that in the presence of a lone pair, the bond angles will be smaller than in
the corresponding regular polyhedron. For example, the VSEPR model predicts a bond an-
gle smaller than 109.5° in an AX;E molecule and smaller than 90° in an AXsE molecule,
but it cannot make more quantitative predictions. The LCP model, however, enables us not
only to predict the interligand distances in such molecules but to also quantitatively predict
bond angles when the bond lengths are known.
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Figure 5.12 Bond angles and intramolecular contact distances in HOX molecules.

For example, the LCP model provides a simple explanation of the initially surprising
observation that the bond angles in HOX molecules are smaller than in both the H,O and
the X,0 molecules (Figure 5.12). The small angle in the XOH molecules is a consequence
of the constant interligand distance and the different bond lengths. Knowing the bond lengths,
we can predict the bond angle. In contrast, the VSEPR model, on the basis of electronega-
tivity considerations, would predict, incorrectly, that HOX molecules will have bond angles
between those of the H,O and X,0O molecules.

# 5.7 Weakly Electronegative Ligands

If the electronegativity of the ligands X is much less than the electronegativity of the cen-
tral atom A, the electrons in the valence shell of A are not well localized into pairs and there-
fore have a small or zero effect on the geometry. In such molecules the bonds are very ionic
in the sense A™X™, and the central atom A is essentially an anion with a spherical electron
density distribution. In this case the VSEPR model is not valid, and the geometry of the mol-
ecule is determined by ligand-ligand repulsions.

For example, the LiOH and Li,O molecules are linear, not angular like H;O, because
the Li ligand is not sufficiently electronegative to localize the eight electrons in the valence
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Table 5.1t Calculated Geometries of the
A(OR), Molecules of Period 2

Molecule A—O (pm) OAO (%) AOH (°)

LiOH 158.2 — 180.0
Be(OH), 142.3 180.0 134.5
B(OH), 136.8 120.0 112.8
C(OH), 139.3 103.6, 112.5 106.9
N(OH), 141.3 103.8 102.6
O(OH), 144.4 100.3 98.7
FOH 1432 — 98.6

shell of oxygen into four tetrahedrally arranged pairs. So in these molecules the ligand—
ligand interactions dominate and give the observed linear geometry. Table 5.11 shows that
as the electronegativity of A increases in a series of A(OH), molecules, the increasing lo-
calization of the electrons on oxygen into pairs leads to a decrease in the calculated AOH
bond angle from 180° to a value less than the tetrahedral angle in FOH, as expected from
the VSEPR model.

In general, when the localization of the electrons on the central atom is so weak that ligand—
ligand repulsions dominate the geometry, bond angles in OX,E; and NX3E molecules are
larger than tetrahedral and may reach the maximum possible angles of 180° in OX,E; mol-
ecules and 120° in NX3E molecules (Table 5.12). For example, the Li,O molecule has a lin-
ear geometry and N(SiHj3); has a planar geometry . The effect of increasing the electroneg-
ativity of X is shown by the bond angles in the molecules Li,O (180°, calc), (CH3)>0 (111.7°),
F,0 (103.3°), and in the molecules Na,O (180°, calc.), (SiH3),0 (144.1°), CI,O (110.9°).
As the nonbonding electrons become increasingly localized into lone pairs with increasing
electronegativity of the ligands in each of these series of molecules the bond angles approach
those predicted by the VSEPR model. The VSEPR description of the molecules AX;E, and
AX3E when they have very weakly electronegative ligands X is not strictly valid because
the well-localized lone pairs denoted by E are not present. Molecules such as N(SiH3); and
O(SiH3), are often cited as exceptions to the VSEPR model and are used to question the va-
lidity of the model. However, they cannot be considered to be true exceptions because the
model is not expected to be applicable to these molecules.

Table 5.12 Bond Angles and Bond Lengths in NXGE and OX,E; Molecules

Molecule N—X (pm) XNX (%) Molecule O—X (pm) XOX (%)
NF; 136.5 102.3 F,0 140.0 103.3
NCl; 175 106.8 H,0O 95.8 104.3
NH3» 101.5 107.2 CLO 170.0 110.9
N(CHs)3 145.8 110.9 (CH3),0 141.0 111.7
N(CF3); 142.6 117.9 (SiH3),0 1634 144.1
N(SiHa) 173.4 120.0 (Me3Si),0 163 148

Li,O 160 180
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¢ 5.8 Ligand-Ligand Interactions in Molecules of the
Elements of Periods 3-6

Almost all the examples discussed in the preceding sections have been drawn from mole-
cules of the period 2 elements because they have been more intensively studied and because
these provide good illustrations of the LCP model. The bonds in molecules of the period 3
elements are longer and weaker than the corresponding bonds formed by the period 2 ele-
ments. Consequently, in these molecules the interligand distances are generally larger than
in the corresponding period 2 molecules because the ligands are not squeezed so tightly to-
gether. The potential energy curve in Figure 5.7 is less steep at the interligand distances in
these molecules than in the period 2 molecules. The ligands are therefore softer and more
compressible than the same ligand in a period 2 molecule, which in turn give them a slightly
more variable ligand radius. Consequently interligand distances are somewhat more variable.
They have their smallest value in six-coordinated octahedral molecules in which the ligands
probably reach the effective limit of their compressibility, at least for molecules of the ele-
ments of periods 3 and 4.

Values of the ligand radii for the ligands F, Cl, and O bonded to the period 3 atoms Al,
Si, P, and S are given in Table 5.13 for both four- and six-coordinated molecules. We see
that the radius for six-coordinated molecules is a little smaller than that for four-coordinated
molecules, where the ligands are less tightly packed. Although the concept of a unique lig-
and radius independent of coordination number is more an approximation for the elements
of period 3 and beyond than for period 2 elements, ligand-ligand interactions are still a very
important factor in determining the geometry of the molecules of these elements, as we can
see for the molecules PFa, PF4*, and POF; in Figures 5.9 and 5.11 and as we will see in
other examples in Chapter 9.

¢ 5.9 Polyatomic Ligands

In the discussion in the preceding section we assumed that a ligand atom can be assigned a
single ligand radius. However, as we saw in Section 5.1, this assumption is not strictly cor-
rect even for monatomic ligands, such as F, Cl and =0. We saw in Figure 5.2 that the van
der Waals radius varies a little with the direction in which it is measured. However, ligand

Table 5.13 Ligand Radii (pm) for F, Cl, and O Ligands Bonded to Central Atoms of Some
Period 3 Elements

Six-Coordination Four-Coordination
Ligand Al Si P S Al Si P S
F 128 120 111 110 135 127 120 118
Cl 160 151 148 145 172 160 156 155

0 134 132 126 121 140 132 126 124
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radii are less variable than van der Waals radii and moreover the direction of intramolecu-
lar contacts measured from the bond direction varies only over limited range from approxi-
mately 45° in a six coordinated molecule to approximately 30° in a three-coordinated mol-
ecule. So we expect the variation of ligand radius with the contact direction for such ligands
to be very small and probably less than the accuracy to which ligand radii can be determined.
We can therefore attribute a constant unique ligand radius to a monatomic ligand or a linear
ligand, such as CN, which have an electron distribution that is symmetrical around the bond
axis. However, this is not the case for nonlinear polyatomic ligands, such as the OH ligand,
in which the oxygen does not have an electron distribution that is symmetrical around the
axis of the bond to the central atom. This causes a variation in the ligand radius with direc-
tion which, although small, is significant, and can have some important consequences. In
particular the contact distance with another ligand can vary with the orientation of the lig-
and. This is illustrated by the example of the two possible planar geometries for the B(OH);
molecule in Figure 5.13. The Cjy, geometry is the lowest energy geometry and is the exper-
imentally observed geometry. To account for the interligand distances in the two forms of
the B(OH); molecule we need to assign two radii to the oxygen atom; rj, in the direction
between the bonds to oxygen and rp, in the opposite direction, that is in the lone pair region.
As we can see from Figure 5.13 the three O—O distances in the Cs, geometry are all equal
and are equal to the sum of the two radii ry and rp. The three interligand distances in the Cg
structure are not all equal, because they are r; + ry, rp + 2, and r; + r,. Consequently the
three bond angles are not equal to each other. From the interligand distances in the two struc-
tures of B(OH)s the two radii are found to be 116 pm and 122 pm. Note that the value of
119 pm for the ligand radius of oxygen bonded to boron given in Table 5.5 is an average ra-
dius for oxygen in various OX groups and for terminal oxygen atoms as in the BO33~ ion.
It is interesting to note that the radius of oxygen in the direction of the lone pair region is
smaller than the radius in the direction between the two bonds. This observation is consis-
tent with the relative shapes of bonding pair domains and lone pair domains. Lone pair do-
mains are more spread out around the inner core than bond pair domains which are more ex-
tended towards the ligands. This picture of the electron distribution around an oxygen atom,
for example, is confirmed by calculated electron density distributions (Chapter 6).

An important consequence of the nonaxially symmetric electron distribution of the oxy-
gen atom in an angular OX ligand is that B(OX)4 molecules do not have a regular tetrahe-
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dral geometry. For example, the B(OH); ™ ion has D»4 not T4 symmetry with two OBO an-
gles of 106.2° and four of 111.1°. These deviations from tetrahedral geometry have been
shown to be due to the nonaxially symmetrical electron density around the oxygen atom as
we discuss in more detail in Chapter 8. Other A(XY)4 and related molecules show similar
deviations from tetrahedral geometry because of the nonaxially symmetric electron density
around the X atom. The form of the electron distribution around a ligand may be important
in understanding other deviations from predicted geometries that have not thus far been eas-
ily explained.

¢ 5.10 Comparison of the LCP and VSEPR Models

At first sight the LCP and VSEPR models might appear to be very different and unrelated,
but it has perhaps become clear in the preceding discussion that this is not the case. In-
deed, the LCP model can be regarded as an extension and a refinement of the VSEPR
model in which bond pair—bond pair repulsions are replaced by ligand-ligand repulsions.
Both models lead to the same predictions of the general geometry of a molecule. In most
cases we cannot distinguish between the effects of bond pair—bond pair repulsions and lig-
and-ligand repulsions in determining geometry. Indeed the spherical electron pair domain
version of the VSEPR model and the ligand close-packing model, in which we consider
spherical anion-like ligands to be packed around a spherical cation-like central atom, are
mathematically identical and Bent’s tangent sphere model applies equally to both. The very
important role of lone pairs in determining geometry remains the same in both models.
Moreover, the essential role of the Pauli principle in the formation of lone pairs is the same
in both models. The importance of the LCP model is twofold: it provides a better under-
standing of bond angles that is essentially quantitative for molecules of the period 2 ele-
ments, and it can predict the geometry of molecules to which the VSEPR model does not
apply. This advantage of the LCP model does not, however, mean that electron pair do-
main interactions are not important. The formation of localized electron pair domains is
an expression of the Pauli principle, and these domains are always present in the valence
shell of an atom in a molecule in which the attached ligands have a sufficiently great elec-
tronegativity. In a molecule in which ligand-ligand interactions were unimportant, the geo-
metrical arrangement of the localized electron pair domains would determine the geome-
try of the molecule. In a molecule in which there are no well-defined nonbonding electron
pairs in the valence shell of the central atom, ligand-ligand interactions dominate the geom-
etry. In the majority of molecules, both electron pair—electron pair and ligand-ligand in-
teractions are important in determining geometry. When the ligands are relatively small
compared to the central atom, electron pair—electron pair interactions are probably the more
important, but when the ligands are relatively large, no doubt ligand-ligand interactions
take precedence. For molecules of the period 2 elements that have small central atoms,
ligand-ligand interactions appear to dominate, as we have seen. When it is applicable, the
LCP model has the advantage of being able to predict the interligand distances on which
the bond lengths and bond angles depend, and thus it gives us a more quantitative under-
standing than the VSEPR model.
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» Further Reading

L. S. Bartell, J. Chem. Educ., 45, 754, 1968.
This is a good discussion of the importance of intraatomic interactions in determining molecular
geometry.

1. Hargittai, The Structure of Volatile Sulphur Compounds, 1985, Reidel, Dordrecht.
Discusses constant interligand distances and has a large amount of structural information on sulfur
containing molecules.
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