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PREFACE

This book provides qualitative molecular orbital and valence-bond descriptions
of the electronic structures for electron-rich molecules, with strong emphasis given
to the valence~-bond approach. Electron-rich molecules form an extremely large class
of molecules, and the results of quantum mechanical studies from different
laboratories indicate that qualitative valence-bond descriptions for many of these
molecules are incomplete in so far as they usually omit "long-bond" Lewis structures
from elementary descriptions of bonding. For example, the usual representation for

the electronic structure of the ground-state for O3 involves resonance between the
(+) (+)
L1id P14
(o]

standard Lewis structures o. /0\ . and . / \d (R Until

O O, 0 1o}

recently, any contribution to resonance of the "long-bond" (or spin-paired

Q
diradical) Lewis structure :.(.)/ \6‘. has been largely ignored. However, it
e
has now been calculated to be a very important structure. For the ground-states of
numerous other systems, calculations also indicate that "long-bond" structures are
more important than is usually supposed, and therefore they should frequently be
included in qualitative valence-bond descriptions of electronic structure. The book
describes how this may be done, and some of the resulting consequences for the
interpretation of the electronic structure, bond properties and reactivities of
various electron-rich molecules. When appropriate, molecular orbital and valence-
bond descriptions of bonding are compared, and relationships that exist between them
are derived. Considerable attention is given to the use of Pauling "3-electron
bonds" (As « *B) and "increased-valence" structures for providing qualitative valence-

bond descriptions of electronic structure. The "increased-valence" structures for

L1d
0
(J
I
.',b/ e
- are equivalent to resonance between standard and "long-bond" Lewis structures, and

.
electron-rich molecules - for example (0} and
o / \ I’
0 (o4

usually involve Pauling "3-electron bonds" as diatomic components. Because they
include both the "long-bond" and the standard Lewis structures, the "increased-
valence" structures must always provide a lower-energy representation of electronic
structure than do the more familiar qualitative descriptions that utilize only the
standard Lewis structures.

To provide the necessary background for readers who are familiar only with the
elements of qualitative valence-bond and molecular orbital theory, extensive use is
made of an elementary, even pedagogical, approach. Some relevant valence-bond and

molecular orbital concepts are reviewed briefly in the first chapter. After a



v

discussion of the need for an "increased-valence" theory in Chapter 2, Chapters 3 to
9 are concerned primarily with qualitative descriptions of the electronic structures
for numerous paramagnetic molecules that may have Pauling "3-electron bonds" as
components in their valence-bond structures. The bonding and magnetic behaviour for
the dimers of some of these molecules are also discussed in Chapters 7 and 8, using
both Lewis valence-bond and molecular orbital theory. It is shown that if the
monomer has a Pauling "3-electron bond" then the dimer may require "long-bond" as
well as standard Lewis structures to contribute significantly to the ground-state
resonance. An "increased-valence" description of the bonding for one of these
dimers, namely N,04, is developed in Chapter 10; this provides a convenient
connection between the Pauling "3-electron bond" theory for paramagnetic molecules,
and the "increased-valence" theory of the remaining Chapters for (mostly)
diamagnetic molecules.

The "increased-valence" theory represents a natural extension of the more
familiar Lewis-Langmuir-Pauling valence-bond theory, and therefore an understanding
of it may be useful for all chemists who have an interest in simple descriptions of
electronic structure. For more than a decade, I have published various papers on
this subject, and the present volume includes a considerable number of examples from
them, together with numerous new applications.

For readers who wish to give primary consideration to the "increased-valence"
theory, Sections 3-6, 3-9, 4-1 to 4-7, 6-1, 7-1 and 7-2 are the main components of
the earlier chapters that are required as background for Chapters 10 to 24. A
reading of Chapter 2 might also be appropriate in order to obtain a rationalization
of the need for an "increased-valence" theory.

The production of this book has been helped by a number of people. The very
numerous valence-bond structures and some of the diagrams were prepared primarily by
Pamela Richards, with some assistance from Mr Brian Nairn (Melbourne State College),
and suzie Boxhall and Anne Pottage, (Centre for Study of Higher Education, Univer-
sity of Melbourne). Lesley Flanagan, Renae Alexander and Elizabeth Duff typed the
draft manuscript. The final typing required considerable ingenuity; this was most
capably provided by Dr William Hall, (Queen's College, University of Melbourne),
using Multifont-Wordstar on a Boffin microcomputer. The Publication Sub-Committee
of Melbourne University made available a generous grant to help defray production
costs. I thank them, my research students, and Professor A.S. Buchanan, who gave me
the opportunity to teach valence theory at Melbourne University. Special thanks are
also due to Professor R.D. Brown (Monash University) who influenced and inspired me
during my Ph.D. years. This book developed from the research problem that he

suggested, namely why is the N-N bond of N,0, long and weak.
2¥4

Finally, I dedicate this book to my parents.
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CHAPTER 1
ATOMIC ORBITALS, ELECTRON SPIN, LINEAR COMBINATIONS

We shall provide here a brief survey of the relevant background quantum
mechanics that is required for the chemical bonding treatment presented in this
book. In general, we shall state only the main results, without any derivation of
them. Much, if not all of this material should be familiar to many readers. For
fuller treatments, the reader should consult some of the numerous standard texts‘ on

quantum mechanics and valence.

1-1 ATOMIC ORBITALS

For any atom, there are n? atomic orbitals with principal quantum number n
(=1, 2, 3, «.)s These orbitals may be classified as ns, np, nd, nf, ... according

to the value of the total orbital angular momentum quantum number g (= 0, 1, 2, ...

n - 1) for an electron. For each value of g, there are 2% + 1 orbitals. Thus,
there are one 3s, three 3p (3py, 3py and 3p,) and five 34 (3dxy, 3dy,, 3dyz,
3dxz_yz and 3d,2) orbitals for ¢ = 0, 1 and 2; here we have assumed that the np and

nd orbitals are all real orbitalst. For certain purposes, the “dxy' nd,, and “dyz

are designated as t2g orbitals, and the corresponding designation for the remaining

pair of nd orbitals is eg-. Schematic contours for 1s, 2p and 34 orbitals are

displayed in Fig. 1-1.

When the atomic orbitals are located on the same atomic centre, it is often
useful to consider the hybridization of some of them, i.e., to construct linear
combinations of them. This may be done either by requiring that the energy of the

linear combination in the molecule be a minimum, or that the bond-angles determine

tt,

the nature of the hybridization The latter is usually used for elementary

discussions of (approximate) hybridization of orbitals in valence-bond structures,

t The hydrogenic atomic orbitals have the general form y(r,0,6) = RO ($), in whichr, 6 and ¢ are
the polar coordinates for the electron. For complex atomic orbitals, @(¢) = exp Um,¢$) with i=/=n
andm, = 0, 1, £2, . 2. The npyqs NPy and np_, orbitals havem, = +1, 0 and -1. The real np
orbitals are related to the complex orbitals as follows:
npy = (npyy + np_|)/2, npy = (npyq - np_1)/2i, np, = npg.
In the absence of a magnetic field, orbitals with the same n and & values are degenerate, i.. they
have the same energles; for given n and £ values, the number of degenerate orbitals is 20 + 1.

A | f Al and Xz are the hybridization parameters for two orthogonal hybrid atomic orbitals hy =s+ )‘]p‘

and h, = s + Aypy, then the angle 6 between the hybrid orbitals is given by the Coulson formula?
cos 6 = -1/A;A,. If the hybrid orbitals are assumed to be orlented along the bond axes for two o-bonds

that emanante from the atomic centre, then this angle is the bond angle. The "orbital following" which
is then concomitant with this approach has been recently questioned (see Ref. 3 for details), but we
shall follow Symons and "continue to use this extremely useful concept™".



and is therefore appropriate for the valence bond treatments that we shall present
in this book. For our purposes, the most relevant of the hybrid orbitals are the
following, in which we have indicated the explicit forms of the linear combinations

for only the first two, for the special cases of equivalent hybrids.

b
(1) Digonal: sp (hg = (s + p)/21’, hy, = (s = p)/27)
(ii) Trigonal: sp2 (hy = (s + 25px)/3;’, hy, = (2;’5 - Pyt 35py)/61: ,
o] 3
hy = (2% = p, - 3°p)/67)
(iii) Tetrahedral: sp3.
(iv) Square planar: sp2d (ns, npy, apy and ndxz_yz) and dspz(ndx,_y,,

(n + 1)s, (n + 1)p, and (n + 1)py) for atoms of main-group elements and

transition metals.

(v) Trigonal bipyramid: sp3d (ns, three np and nd 2 or nd,;) and dsp3(nd

X2~y X2 ~y2

or nd,z2, (n + 1)s and three (n + 1)p) for atoms of main-group elements and
transition metals. For each of sp3d and dsp3 an infinite number of linear
combinations of dxz_yz and d,. is possible to form the appropriate d orbital

for the hybridization scheme.

(vi) Octahedral: sp3d2 (ns, three np, ndxz_yz, nd,2) and dzsp3 (ndxz_yz, nd,z,

(n + 1)s and three (n + 1)p) for atoms of main-group elements and transition

metals.

9z 2y
y
tex

O R & s

0

L% NC) °§°
2 3
d,, sp" d sp

Figure 1-1 Schematic contours for 1s, 2p, 34, spn and d25p3 atomic orbitals.



Schematic contours for some of these hybrid atomic orbitals are displayed in
Fig. 1-1. In Fig. 1-2, we show the number of bonds and lone-pairs at a given atom

when these hybridization schemes are appropriate for the formation of og-bonds.

o-bond number of valence-bond
shape hybridization o-bonds lone pairs m-bonds structure
linear sp 2 0 0 —A—
2 0 1 =A—
2 0 2 =A==
. 2 |
trigonal planar sp 3 0 I A
3 0 1 A 7N
VRN
trigonal pyramidal sp2 4 0 0 \Ils—
/
an 2 4
gular sp 2 1 1 A—
/
3 |
tetrahedral sp 4 0 0 I /A\\
4 0 2 ZA—
AN
. 3 oo
pyramidal sp 3 1 . A
3 1 1 _ \§ AN
angular sp3 2 2 0 :}&(
Ll
square planar asp? 4 4 0 ;..(
trigonal 3 <!
d 5 0 0 A—
bipyramidal P - |
~
distorted sp3d 4 1 0 _~A% \
tetrahedral P 4 1 1 | ;/A:
3 [
"T-shaped" sp°d 3 2 0 A
|~
octahedral sp3d? 6 0 0 >1i\\
~l-
square- apla? 5 1 0 AL
pyramidal 5 1 1 A
planar s p3 a2 4 2 0 >:l§<
pentagonal- 343 7 0 0 \Il\/
bipyramidal SP — l ~

Figure 1-2 Lewis valence-bond structures for different o-bond hybridization
schemes. (Adapted from E. Carmell and G.W.A. Fowles, Valency and
Molecular Structure (4th ed. Butterworths, 1977).

Any real orbitaly is normalized' if Jvrav = 1; if fw_i ¥ dv = 0 for a pair of

real orbitals, then the orbitals are orthogonal. The square of a real orbital,
L. § _

t For a real atomic orbital in an atom, fwzw = j:fo ‘L Y22 sinf drddp. Later, o =

i = n, i " '.
d/1dv'2cv3$1dszds3 wees, With S; 'spin coordinate" for electron i



(v?) gives the charge density, or probability density for an electron when it
occupies the orbital. The integral j’wzdv = 1 gives the total charge when one

electron occupies a normalized orbital.

1-2 ELECTRON SPIN

The spin quantum num-
ber s = 1/2 for an electron
determines the magnitude
of the total spin angular
momentum according to the

formula Vs(s + 1) (h/2m)

(with h = Planck's con-

stant). When an external
magnetic field is applied, S/t I
the spin angular momentum

vector orients in two dif- =TT T T~

i ~
ferent directions so that "\ +1. TTTT % Sz/‘ﬁ
2 1\

~ -
H
. e

the z-component of spin an-

gular momentum (i.e. the

component parallel to the

direction of the magnetic §$=1
field) takes values of S
sz(h/21r) with s, = *1/2.

These orientations are dis-

played in Fig. 1-3.

For two electrons,
the same types of spin an-
gular momentum expressions
pertain, with the two-
electron spin quantum num-

bers s and S, (= sz(1) +

sz(2)) replacing s and s,.

The allowed values for S -—q %

and S, are the following:
(i) s = 0, S, = 0; (ii) s =
1, S, = +1, 0, -1, and the

orientations of the spin Figure 1-3 Orientations of spin angular momentum
vectors for one and two electrons rela-
tive to an external magnetic field
for these quantum numbers directed along the z-axis. 1 = h/2w.

angular momentum vectors



are also displayed in Fig. 1-3. The spin angular momentum vectors are parallel (+4)
for S = 1, and antiparallel (++) for S = 0.

In general, if the total spin quantum number for an atom or a molecule is S,
there are 2§ + 1 values for the S, spin quantum number, namely S, s-1, § - 2,
ees = S,

If an atom or molecule has n singly-occupied orthogonal (i.e. non-overlapping)
orbitals, the lowest-energy arrangement of the spins for the n electrons is that for
which the spins are all parallel. This is a statement of Hund's rule of maximum
spin multiplicity. The total spin quantum number is then S = n/2.

If an orbital is doubly-occupied, the Pauli exclusion principle does not allow
the two electrons to have the same values for their s, quantum numbers. Therefore,
not more than two electrons may occupy the same orbita1.+

Diamagnetic and paramagnetic substances develop magnetic moments that are
respectively opposed to, and in the direction of an external magnetic field. The
magnetic moments for the paramagnetic molecules that we shall discuss in this book
arise either primarily or almost entirely from the presence of one or more unpaired-
electron spins, i.e. the total spin quantum number S is non-zero for such a mole-
cule. For a molecule with spin quantum number S, the spin angular momentum
generates a magnetic moment of m Bohr magneton for whichn = 2§ is the

number of unpaired-electron spins.

1-3 LINEAR COMBINATIONS OF WAVE FUNCTIONS

If yq and y, are two (real) wave-functions, then linear combinations of the
form y = cqyq + co¥y (or ¥ = ¥4 + kyy) may be constructed, in which the coefficients
cq and ¢, (or k) are constants. If the coefficients cq and c; are determined so
that the energy of ¢ (i.e. E = f¢1§w2dt/f¢‘dr with § = Hamiltonian operator)
is a minimum, then provided that Y1 and ¢, interact (i.e. Hyp = f\pﬂ;wzd'r # 0), two
(orthogonal) linear combinations are generated that have respectively lower and
higher energies than have either of y1 and y, alone. The resulting energy-level
diagrams are displayed in Fig. 1-4.

In the absence of magnetic fields, the Hamiltonian operator ; for a system of
electrons in an atom or molecule involves the sum of kinetic and electrostatic

potential energy operators (designated as T and V) for the electrons, i.e. H =T +

~ ~ ' 2 ~
V. The T operator is given by )(-h*/enzm)v i, and Vv is the sum of the terms that
i

involve the classical electrostatic attractions between the electrons and the atomic

t Without reference to electron spin, this result may also be deduced for atoms from Bohr circular orbit
theory + Helsenberg uncertainty relaﬂonshlp". For principal quantum number n, it may be deduced that a
maximum of 2n electrons may occupy each of n independent circular orbits around the nucleus. There are

n? atomic orbitals with principal quantum number n. Therefore 2n x n/n® = 2,
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Figure 1-4 Energy level diagrams for the linear combinations of two interacting
wave-functions Vv, and ¥, assuming that f‘hmllzd't < 0. When H , = ESq, and Hyo 2 Hqqs
no linear combination is stabilized relative to y,.

nuclei, and repulsions between the electrons. The requirement that 3E/3cqy = 3E/3c,

= 0 as a necessary condition that E is a minimum gives the secular eguations

(Hyq = E)cq + (Hyy = ESqp)cy = 0

(Hyq = ESpyq)cqy + (Hpy = E)cy =0
for normalized Vv, and Voo with Hij = fwiHWjd‘r and Sij = fwiwjd'r.
In this book, the wave-functions ¢, and ¥, are of two main types:

(a) Atomic orbitals: If 4 and VY, are a pair of (real) atomic orbitals
located on two atoms, the interaction integral (or resonance integral) J'w1;iw2dv is
non-zero if these atomic orbitals overlap, i.e. fw1w2dv # 0. The lower and higher
energy linear combinations of ¥4, and ¥, are referred to as bonding and antibonding
molecular orbitals respectively. If the atomic orbitals are located on the same
atomic centre, then usually they are orthogonal (i.e. jw1w2dv = 0). When this is
the case, no lower-energy linear combination may be constructed. Linear combina-
tions of atomic orbitals located on the same atomic centre are called hybrid atomic

orbitals, and these have been discussed in Section 1-1.

(b) Two-electron and many-electron configurations of electrons: An electron

configuration designates the orbital occupancies and spins for the electrons. The

following two-electron or many-electron configurations need to be considered here:



(i) valence-bond structure functions (bond-eigenfunctions): These wave-
functions describe the configurations of electrons that are associated

with valence-bond structures. If a pair of valence-bond structures

((e.g. Li H and Li* $H™ for LiH or and for CgHg) have
configuration wave-functions (or structure functions or bond-
eigenfunctions) designated as Yy, and V¥, for their electrons, then the
construction of linear combinations of these wave functions is equivalent
to invoking resonance betyeen the valence-bond structures. The valence-
bond structures are said to be stabilized by resonance if one of the
linear combinations has a lower energy than has either ¥, and ¥y alone.
Resonance stabilization can only occur if Iw11;w2d1 (the exchange
‘integral) is non-zero. A necessary (but not necessarily sufficient)
condition for this to occur is that the bond-eigenfunctions ¢, and 2
must have the same sets of values for their s and 5, spin quantum

numbers .

(ii) Molecular orbital configurations: If ¢, and Vv, are two different
molecular orbital configurations with the same spatial symmetry and sets
of spin quantum numbers (for example, Vv, and ¥V, may represent two elec-
trons that doubly occupy bonding and antibonding molecular orbitals,
respectively), then lower-energy (and higher-energy) linear combinations
of these two configurations may be constructed. This procedure is
referred to as configuration interaction. Because the molecular orbitals
are orthogonal, a lower-energy linear-combination may only be constructed
if the configurations ¥, and ¥, do not differ in the orbital and spin
designations of more than two electrons’. (This limitation does not
necessarily apply to the bond-eigenfunctions of (i), because at least
some of the atomic orbitals for these valence-bond configurations must

overlap.)

If for any of (a) and (b), the functions Yy, and Vv, can also interact with a
third wave-function ¥3, then the linear combination y = cq¥q + coVby + Cc3¥g (with ¢ ,
cy and cj chosen so that the energy of y is minimized) will have a lower energy than
has either y = cq¥q + co¥y oOr Yj alone. If y is a molecular orbital formed from the

linear combination of three overlapping atomic orbitals y,, Vv, and ¥4 that are

t With self-consistent field molecular orbital theory, no direct interaction can occur between the
lowest-energy configuration with doubly-occupied molecular orbitals and singly-excited S = 0 configura-
tions with the same symmetry as that of the lowest-energy configuration, if the orbitals used to con-
struct all configurations are the "best" orbitals for the lowest-energy configuration.



centred on three atomic nuclei, this molecular orbital is referred to as a delocal-
ized or 3~centre molecular orbital. We shall encounter such molecular orbitals on a
number of occasions, and shall usually use the symbols y, a and b to designate the
atomic orbitals vy, ¥, and ¢3.

Diatomic molecular orbitals which are either symmetric or antisymmetric with
respect to rotation around the bond-axis are designated as o and m. Alternatively,
these orbitals have, respectively, 0 and 1 nodal planes (i.e. planes on which the
orbital wave-function is zero at all points) that pass through the atomic nuclei and
include the bond axis. There are two sets of degenerate n-type molecular orbitals,
which we shall label here as either 7, and 1ly (assuming that the z-axis is the bond
axis) or m and . These molecular orbitals have, respectively, the xz and yz planes
as nodal planes. Bonding and antibonding diatomic molecular orbitals have 0 and 1
nodal planes passing through the bond axis parallel to the xy planes. Their ener-
gies are respectively less than, and greater than the atomic orbitals from which
they are constructed. The same theory is appropriate for the delocalized molecular
orbitals of linear triatomic and linear polyatomic molecules. For non-linear planar
molecules, the delocalized molecular orbitals may be either of ¢ or m or ¢ + 7 type,
with 7 non-degenerate. The ¢ + T molecular orbitals have g-symmetry with respect to
at least one pair of adjacent atoms, and T symmetry with respect to at least another
pair of adjacent atoms. In Fig. 1-5, atomic orbitals that may be used to construct

¢ + T molecular orbitals for N,0, and FNO are displayed.

oIRI®) <IRSHO.
O/ 7 \O OF 3
(G >

Figure 1-5 Atomic orbitals for ¢ + 7 molecular orbitals of N,0, and FNO.
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CHAPTER 2
PAULING “3-ELECTRON BONDS“, 4-ELECTRON 3-CENTRE BONDING.
AND THE NEED FOR AN “INCREASED VALENCE" THEORY

2-1 INTRODUCTION

In elementary chemical bonding theory, a rather neglected concept is a type of

chemical bond that Pauling1

has designated as the "3-electron bond". This type of
bond is usually represented as Ae ¢« +B and it involves three electrons distributed
amongst two overlapping atomic orbitals centred on the atoms A and B. Alternative
designations2 are either "3-electron 2-centre" bond or "3-electron 2-orbital" bond.

In 1931, Pauling1

introduced the "3-electron bond", to help describe the
electronic structures for a number of molecules and ions, such as NO, He2+, 02, NO,
and C1l0,, whose ground-states are paramagnetic at room temperature. Pauling's
valence bond structures for these systems are displayed in Fig. 2-1. Until
recently, it has always been considered that the occurrence of the "3-electron bond"
was restricted to paramagnetic molecules of this type. If we exclude transition
metal compounds, there are only a small number of molecular systems whose ground-

states are paramagnetic and stable. Therefore, the Pauling "3-electron bond"

usually does not feature prominently in discussions on valence theory.

Hee * e He IN==20: :0+—=3-0:
Ne o N ci Cl
7 0T N n ™G e g

Figure 2-1. Pauling "3-electron bond" valence-bond structures for He;, NO, 0,, NO,,
and Cl105.

In this book, we shall demonstrate that, in contrast to what is usually
thought the Pauling "3-electron bond" is an extremely useful construct, and that its
occurrence is not restricted to paramagnetic molecules. However, to make effective
use of the Pauling "3-electron bond" for descriptions of the bonding for diamagnetic
molecules, it is necessary to introduce a modification to its representation, namely
that proposed by Green and Linnett3 in 1960. For reasons that we shall discuss more
fully in Chapter 3, these workers have shown that the Ae e+ B valence-bond structure

L
for the "3-electron bond" is better written as A e ﬁ, with one bonding electron and
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two electrons (with parallel spins) located in atomic orbitals centred on the A and
B nuclei. This modification enables emphasis to be put on Pauling's earlier conclu-
sion that the strength of a "3-electron bond" is approximately equal to that of a 1-
electron bond, and that some unpaired-electron charge is associated with each of the
two atoms. This unpaired-electron charge is available for (fractional or partial)
sharing with unpaired electron charges on other atoms, and it provides the basis for
the development of an "increased-valence" theory.

In Chapters 3 - 9, we shall examine the electronic structures of numerous
paramagnetic molecules, for which Pauling's "3-electron bonds" may be utilized in
their valence-bond structures. Lewis valence-bond descriptions for the dimers of
some of these molecules will also be considered. In Chapters 10 - 24, the incorpo-
ration of Pauling's "3-electron bonds" into the valence-bond structures for diamag-
netic molecules will be described. The resulting valence-bond structures for
diamagnetic systems are called "increased-valence" structures to stress the point
that they involve more electrons in bonding than do Lewis structures which have
electron-pair bonds and lone-pairs of electrons.

The remainder of this chapter provides a discussion of the need for an
"increased-valence" theory. A reading of it is not required in order to follow the

Pauling "3-electron bond" and Lewis theory of Chapters 3 - 9.

2-2 ELECTRON DEFICIENT AND ELECTRON EXCESS BONDING UNITS

Almost all molecules that involve atoms of main-group elements and an even
number of electrons have diamagnetic ground-states. (One important exception to
this statement is 0,5, to which we have referred already in Section 2-1.) For these
molecules, the familiar Lewis valence-bond structures, with electron-pair bonds and
lone-pairs of electrons, are used very often to provide qualitative valence-bond
descriptions of their electronic structures. Sometimes, as is the case for H,, Ny,
Hy0, CoHg, CyHy and butadiene of Fig. 2-2, one Lewis structure alone can give a
fairly adequate description of the bonding. 1If necessary, bond polarity may be
indicated in these structures, either by arrowheads or by fractional net charges 6+
and 6§ as is shown for Hyo. The bond line represents a pair of shared electrons
with opposite spins, the sharing (in orbital theory) arising from atomic orbital
overlap. Each lone-pair of electrons also involves two electrons with opposite
spins, as is shown for Ny and H,O0. (The crosses and circles [x and o] represent
electrons with s, spin quantum numbers of +% and -% respectively).For each of the
molecules of Fig. 2-2, the Lewis structure has the maximum number of electron-pair
bonds linking pairs of adjacent atoms. Any other Lewis structure for these mole-
cules, such as the "long-bond" and ionic or polar structures displayed for H,0 and
butadiene, have fewer covalent bonds between adjacent atoms, but of course they can

participate in resonance with the primary valence-bond structure.
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Figure 2-2. Lewis valence-bond structures for Hy, Ny, Hy0, CyHg, CyHy, and CyHge
"Long-bonds" between pairs of non-adjacent atoms are indicated by
pecked bond lines.

Very frequently throughout this book, we shall use the expression "standard
valence-bond structure" or "standard Lewis structure", which we define to be a Lewis
structure that
(a) has the maximum number of electron-pair bonds permitted by the rules of

valence for a given atomic orbital basis set (e.g. the Lewis-Langmuir

octet rule for atoms of first-row elements), and

(b) locates electron-pair bonds between pairs of adjacent atoms only.

Thus, for butadiene, CH;=——CH——CH=—CH, is a standard valence-bond structure,
(+) (=)
Ll]

whereas the polar and "long-bond" structures CHy —CH=——CH——CH, and
e - F Ei7

Ce S e L. \ o (+)

CH,— CH=—=CH—CH, are not. sSimilarly, each of JN—O?! and ..N——O: are standard

F 27

-~ . ]

) (=) *4)  w

Lewis structures for FNO, whereas $N—O$ and ..N= 0O are not.
Ll

For a large number of molecules, it is possible to write down two or more
Lewis structures that have the same number of electron-pair bonds between adjacent
atoms. Familiar examples of these molecules (or ions) are CgHg/ H;, ByHg, HFE, 03,
N,0, FNO and the Cr-CO linkages of Cr(Co,)6, whose standard Lewis structures
(together with those for Te(ROCS2)2)4 are displayed in Fig. 2-3. To describe simply
the electronic structures of these molecules and ions, it is common practice to
invoke resonance between these structures if they are either degenerate (symmetri-
cally equivalent structures such as those displayed for CgHg then contribute equally

to the resonance) or considered to have fairly similar energies.



H H H H H
" H Y w” \H \H
. . - o ¢
=co—H =.F.: 03.5 H-—ua= o /0\ 0. / \ (Y
o) NoN o} o:
) B
(+) (:. (:l (+) () (+)
INS=N—0t <> N=N=Q <> IN=N=0:
o0 o0 =) o (:)o (+)
F SF: or =—=C =—0: Cr c==o:
e \ . oo (’)

Figure 2-3. Standard Lewis structures for CgHg, and some electron-deficient and
electron-excess systems.

It may be noted that instead of invoking resonance between the standard

Lewis structures of Fig. 2-3, it is also possible to use the Linnett non-

paired spatial structuresab’c, namely
H
(+3%) (+%) H . . H
(W W) pL 8
H/ . H . \H
%) (EAANNER ) %) B @
F. o H -F: IN==N——02 N——N—0:
(-%) (+%)
‘.*6’ o Cr——C ==0:
/ \ o . o (+%)
0 & N==02

Although the wave-functions for the two types of valence-bond structures
are different, these structures provide the same type of qualitative
information concerning bond-properties (in particular, bond-lengths). By
contrast, the "increased-valence" structures that are the subject of
Chapters 10-24 can provide different information than what can be

obtained from inspection of the standard Lewis structures.



13
GO 1 o
N N O /‘—vaNO

Y

Y a y’ab'

o OXCPEO.

o -

oS ODD 0
&< @@

@

2 QD @M@@ @DM@

Figure 2-4 Sets of atomic orbitals used for 4-electron 3-centre bonding units for
N,0, O3, HF,, I3, FNO, Fy0,, Cr-CO linkage for Cr(CO)g and Ni-O-Ni
linkage for solid NioO.

Molecules and ions such as BoHg and H; are examples of electron deficient
systems, because the number of valence-shell electrons is < 2(N -1), withny =
number of atoms. However, it is with molecules and ions such as N,0, O3, FNO, and
HFE that we shall be concerned in Chapters 10 - 24. Each of these latter systems
has one or more sets of four electrons distributed amongst three atoms with three
overlapping atomic orbitals. The orbitals are shown in Fig. 2-4. In Fig. 2-3, the
standard valence-bond arrangements for sets of four electrons that participate in
resonance are of the general types (1) and (2), in which ¥, A, and B are three atoms

with overlapping atomic orbitals y, a, and b. Each of (1) and (2) has an electron



pair-bond and a lone-pair of electrons, and because they have more electrons than
overlapping (valence-shell) orbitals, (1) and (2) are examples of standard valence-
bond or standard Lewis structures for electron-rich bonding units.
Y—2a B Y a—s
(1) (2)

Valence-bond structures of type (1) or (2) can occur as components of Lewis-
type structures for a very large number of intra- and inter-molecular systems, i.e.
for any system in which a Lewis structure has an atom with a lone-pair of electrons
occupying an atomic orbital that overlaps with the orbitals for the electron-pair
bond between two adjacent atoms. Resonance between (1) and (2) is then possible;
the relative weights for these structures depend on the nature of the particular
system. Some intermolecular examples,namely(ﬂzo)z,Me3N.".12,the transition

state for the Sy 2 reaction HO + CH3Br, and an O-Ni-O linkage for solid Ni2%o2"

are
shown in Fig. 2-5. In Chapters 11-14, we shall show that any electron-excess
bonding unit of types (1) or (2) can be modified and stabilized by developing a
Pauling "3-electron bond" structure as a component of it. The consequences of doing
this for elementary valence-bond theory and chemical insight seem to be very

considerable.

H H H H
AN / AN w
[ s o H (0]
Q.—H 9,\ - 0 QL
H H
H H H H
H H / o )
\,. ..H \C/ Br -«—» \..Q.——\(l: Brs
} )
o )
(CHz)sNs | ——— I8 ~—> (CHg)sN—1I
(+) (-) (+2) (+2) (-) (+)
Nit O——Ni <+ Ni—20 iNi

Figure 2-5. Standard Lewis structures for (H20)2, the transition state for the SNZ
reaction of OH~ + CH3Br, the complex Me3NeeeeI,, and an Ni-O-Ni linkage
of solid Ni2*0?~

Other types of electron-excess bonding units are also possible. For example,

Br2~ with standard Lewis structures
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has a 6-electron 4-centre bonding unit for a set of six electrons distributed
amongst the four overlapping 4pc atomic orbitals of Fig. 2-6. A cyclic 6-electron
S5-centre bonding unit obtains for the m-electrons of pyrrole (Fig. 2-6), for which

the standard Lewis structures are

() )
rN LN o o
(& )

o N (%) O 2 }S) )

N N N N

H H H H H

These longer N-centre bonding units of the general types X B——C B and

Y—A g C—D represent elaborations of the 4-electron 3-centre bonding unit

that we have described above. They will be introduced again later when it is

appropriate to do so.

® O

<:::> C C
OO0 58
S,

Figure 2-6. Atomic orbitals for two 6-electron 4-centre and 6-electron 5-centre
bonding units. (In Fig. 1-5, a 6-electron 4-centre bonding unit of the
o + T-type is displayed.)

2-3 DELOCALIZED MOLECULAR ORBITAL THEORY FOR 4-ELECTRON 3-CENTRE
BONDING UNITS

In Section 2-2, we have indicated that the standard Lewis representation for a
4-electron 3-centre bonding unit involves resonance between valence-bond structures

of the general types (1) and (2), i.e.

(1) (2)

A delocalized molecular orbital description of 4-electron 3-centre bonding is

356

also very widely use , and we shall describe three examples of the molecular

orbital theory here.



16

2-3a symmetrical 4-electron 3-centre bonding: Hy The linear triatomic anion
HS with four electrons and three overlapping 1s atomic orbitals is the simplest
electron-excess system that may be used to describe the molecular orbital procedure.
The atomic orbitals y, a and b are displayed in Fig. 2-7, and linear combinations of

these orbitals may be constructed.
Yy a b
@D OO 06
2

2 ¥

Figure 2-7 Atomic and molecular orbitals for 4-electron 3-centre bonding unit of
H3.
3

Because y and b are symmetrically-equivalent atomic orbitals, the delocalized
molecular orbitals have the following forms, for which kq and k3 are constants, both

> 0.

by =y+b+ka, VY,=y-b, VY3=y+b-kia n

Approximate contours for these molecular orbitals are displayed in Fig. 2-7
and examination of them shows that Vi, ¥y and V3 are respectively bonding, non-
bonding and antibonding with respect to each pair of adjacent hydrogen atoms.

The lowest-energy molecular orbital configuration for the 4-electron
3-centre bonding unit is therefore (w1)2(¢2)2, with the antibonding V3 molecular
orbital vacant. The molecular orbital valence structure with 3-centre molecular
orbitals to accommodate the four electrons is (3), in which n is a node for the non-

bonding molecular orbital.

n

H H H tN——N——O0: tN———N—0:

(3) (4) (5)

2-3b Non-symmetrical 4-electron 3-centre bonding: N,0 and F,0, For a very
large number of electron-excess molecular systems, the 4-electron 3-centre bonding
unit is not symmetrical. For example, N,O has two sets of four nt-electrons, each of

which forms a 4-electron 3-centre bonding unit. The nt~electron atomic orbitals
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y, a, b, y', a', and b' are displayed in Fig. 2-4 and the 3-centre molecular

orbitals are the following:
L] L] L] L]
V; = cjqy + cjra t c;3b and ¥; =cjqy tcja tcjsb for i = 1,2,3

The lowest-energy molecular orbital configuration is (w1)2(w2)2(w;)2(v‘;)2.
Because the terminal nitrogen and oxygen atoms are not symmetrically-equivalent,
molecular orbitals V¥, and “"2 are not necessarily non-bonding orbitals with respect
to each pair of adjacent atoms. The molecular orbital valence structure for N,0 now
corresponds to that of (4). Sometimes, it is represented as (5), for which each
broken line represents a set of four delocalized m-electrons.

Another example of a molecule for which non-symmetrical 4-electron 3-centre
bonding units occur is F,0,. This molecule has two important sets of 4-electron
3-centre bonding units, which involve the atomic orbitals of the type displayed in
Fig. 2-4 for one FOO component. The 3-centre molecular orbitals are also given by
Eqn. (2), and the resulting molecular orbital configuration of lowest energy is of
the same form as that for N,0, namely (v1)2(w2)2(¢;)2(¢;)2. The valence structure
that corresponds to this configuration is either (6) or (7); these structures are
similar to those of (4) and (5) for N,0. With respect to the 0-0O bonds, the

3-centre molecular orbitals have respectively 7- and n-character.

F (6) F (7

The molecular orbital description of 4-electron 3-centre bonding is easy to
construct, and the molecular orbital procedure is probably the most suitable to use
to calculate the electron distributions in a polyatomic molecule. But, it has the
disadvantage that one cannot see by inspection what the properties of the individual
bonds for many electron-excess molecules should be when they are compared with those
for molecules that have essentially localized 2-centre bonds. For example, the N-N

+

o o
and N-O bond-=lengths' of 1.129 A and 1.188 A for N,0 are similar to the triple and

° o
double bond’8 lengths of 1.098 A and 1.214 A for $N

N: and CH3N=0. But inspec-
tion of the molecular orbital valence structures (4) and (5) for N,0 does not make
this similarity obvious. For F,0,, the 0-0 bond-length of 1.217 on is almost iden-
t:i.cal9 to the double-bond length of 1.207 I‘; for free O,, but neither of the
molecular orbital valence structures (6) or (7) gives any hint as to why this is so.

The inability to provide much bond-length information without calculation is true of all

t Unless otherwise stated, all bond-lengths have been taken from reference 7. Differences in operational

definitions of bond-lengths (i.e Fsr Tor rgs rg), and uncertainties in bond-lengths have been ignored.
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delocalized molecular orbital descriptions of the bonding for 4-electron 3-centre

bonding units.

For qualitative molecular orbital descriptions of the bonding for a large
number of triatomic and polyatomic molecules, we refer the reader to Gimarc's
recently published text'0,

In order to compare by inspection the bond-properties of related molecules, it
is necessary to use valence-bond structures that have localized or two-centre bonds,
i.e. bonds that link together pairs of atoms only. In Section 2-4, we shall

examine how this is normally done for electron-excess molecules, using N,0 and F,0

as examples again.

2-4 STANDARD VALENCE-BOND THEORY FOR N,0 AND F,0,

4(a) The octet rule and the electroneutrality principle The basis of the

11

modern electronic theory of valence was established by Lewis in 1916, who

suggested that the chemical bond between two similar atoms in a covalent molecule

12 elaborated

consists of one or more pairs of shared electrons. In 1919, Langmuir
the Lewis theory, and gave the name of covalent bond to any bond that arises from
electron sharing by two atoms. The concept of an energy stabilization through
resonance between two or more Lewis structures was developed by Pauling and Slater
in the early 1930's. For references to this period, the reader is referred to Ref.
1(b), p.184.

Lewis also suggested that when carbon, nitrogen, oxygen and fluorine atoms are
bonded to other atoms in a molecule, they tend to acquire the electron configuration
of the inert gas neon. With a 1522522p6 ground-state configuration, the neon atom
has eight electrons in its valence shell. When they form covalent bonds, atoms of
the other elements above acquire this neon configuraton, by sharing their unpaired
electrons with the unpaired electrons of other atoms. According to Lewis, stable
(or low energy) valence-bond structures have eight valence-shell electrons disposed
around the atomic kernels (atomic nuclei + inner-shell electrons) for any of these
first-row elements. Lewis and Langmuir respectively gave the names of "rule of
eight" and "octet rule" to this requirement. One quantum mechanical justification
for this rule is provided by the existence of four n = 2 atomic orbitals (namely 2s,
2DPys 2Py' and 2pz), and a maximum occupancy of two electrons per orbital is permitted
by the Pauli exclusion principle.

We shall now use the covalent molecule N,O to consider how the octet rule is
usually applied. For this molecule, there are nine Lewis structures (namely (1)-(9)
of Fig. 2-8) that have different mn-electron distributions, and which satisfy the
octet rule. Each of them will contribute to the ground state resonance description

of the electronic structure’. To provide a simple qualitative discussion of the

Altogether, there are 27 other valence-bond structures that differ in the distributions of the four



Figure 2-8 Lewis-Langmuir octet structures for N,0. "Long-bonds" between pairs of
non-adjacent atoms are indicated by pecked bond lines.

bonding, it is usual to select out those valence-bond structures that are considered
to be the most important, and to make deductions about molecular properties by
consideration of them. For N,O, none of the nine Lewis structures of Fig. 2-8 alone
can account for the similarity of the N-N and N-O bond-lengths (1.13 and 1.19 ;\) to
those of triple and double bonds (1.10 and 1.20 A - see Section 2-3(b)). It is
therefore hoped that resonance between the most stable of these structures (i.e.
those of lowest energy) will account for the abservation. Two simple rules are

usually invoked to help decide which structures these should be. They are:

(a) For a covalent molecule, the low-energy Lewis structures should be those
that have the maximum number of covalent bonds between pairs of adjacent

atoms in the molecule.

(b) The low-energy structures are those whose atomic formal charges are
compatible with those that are required by the electroneutrality
principle for the molecule. This principle states 14 that for a neutral
covalent molecule, the atomic formal charges should be essentially zero,

and not greater than +% or -%.

The order in which these rules is usually applied is (a) before (b). Thus for
N,0, rule (a) suggests that (1)-(4) should be the most important structures. Each
of them has four covalent bonds between pairs of adjacent atoms. Having selected

these four structures, rule (b) is then invoked. For structure (4), the atomic

(cont. from previous page) w- and four m-electrons, and whch participate in resonance with the octet
structures of Fig. 2-8. These structures have fewer covalent bonds than have the octet structures.
Here, we are restricting our attention to a consideraton of the octet structures because these are
usually the most useful for qualitative discussions of bonding. In Chapter 23, we shall describe how to
take account of the non-octet structures when constructing wave-functions. See also Refs. |3a-d.
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formal charges (-2, +1, +1) are much larger than they are for any of (1)-(3), namely
(o, +1, -1) and (-1, +1, 0). Therefore, (4) should be a rather higher energy
structure and its contribution to the ground-state resonance should be much smaller
than are those of (1)-(3). The bond properties of N,0 are then discussed in terms
of resonance between the standard Lewis structures (1)-(3), and the observed bond-
lengths are assumed to be those expected as a consequence of this resonance15.
Thus, if it is assumed that each of these structures has an approximately equal
weight, then we would deduce that the N-N and N-O bonds (with bond—numbers‘r of 2.67
and 1.67) have lengths that are longer than triple and double bonds respectively.
With respect to the N-N bond, this deduction is valid, but as we have seen, the N-O
bond is slightly shorter than the double bond for CH3N=———O. No matter how we vary
the contributions of (1), (2) and (3) to the resonance, it is not possible to
account for both bond-length observations simultaneously. However, very often a
"resonance shortening correction" is invoked, which may increase the theoretical N-N
and N-O bond-numbers to values closer to 3 and 2 respectively. We do not wish to
deny that such corrections may have a valid basis in theory (see for example Ref.
13a), but we would contend that better valence-bond structures may be constructed,

which can also rationalize the observations quite satisfactorally. We shall

postpone consideration of this matter until Section 2-5(b).

2-4(b) standard Valence-Bond Theory and Fy0, We shall use F,0, to provide a
second example that illustrates some unsatisfactory features of the standard Lewis
descriptions for many electron-excess systems. In Section 2-3(b) we have indicated
that the 0-0 bond—lengthg of 1.217 A for F,0, is similar to the double-bond length
of 1.207 ;; for the O, ground state. The O-F bond-lengths of 1.575 Ick are appreciably
longer than the 1l.42 ;\ for the O-F single-bonds of F,0. A set of nine valence-bond
structures that conform to the Lewis-Langmuir octet rule is displayed in Fig. 2-9.
If rule (a) of Section 2-4(a) is invoked, we would select the standard Lewis
structures (1)-(4) to be the important valence-bond structures for the F,0, ground-
state. If we then invoke rule (b) (the electroneutrality principle), we would
deduce the order of importance for these standard Lewis structures to be (1) > (2) =
(3) > (4). If we assume that (1) alone represents the electronic structure of F05,
then we are unable to account for the observed bond-lengths of this molecule. (By
contrast it may be noted that for hydrogen peroxide H,0,, the valence-bond structure
which is the same as (1), with H replacing F, is in accord with the observations
that 0-0 and O-H bond-lengths of 1.464 l‘; and 0.965 I‘; are essentially those of 0-0
t Two different bonding indices will be used in this book, namely bond-number and bond-order. The bond
number is a valence-bond concept, and it refers to the number of pairs of electrons that form a bond. |t
may be calculated from the weights of the valence-bond structures that are used to describe the
electronic structure of the molecule, as is demonstrated above for NZO' The bond-order Is the molecular
orbital index of bonding. For the purpose of qualitative discussion of diatomic bonding, we shall define
the bond-order to be

{(No. of bonding electrons) - (No. of antibonding electrons)}.
More elaborate definitions will be introduced later when necessary.
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and O-H single bonds16.)

For F,0,, it is necessary to assume that structures (2)
and (3) at least make very appreciable contributions to the ground-state resonance.
A justification for this assumption is also provided by electronegativity consider-
ations, which certainly allow fluorine atoms to acquire formal negative charges (as
they do in (2) and (3)). If as is sometimes done, we assume that resonance between
(2) and (3) alone may be used to describe the electronic structure of F,0,, then we
are able to account for the similarity of the 0-O bond-length to that of an 0-0
double-bond, and also for the lengthening of the O-F bonds relative to those of O-F
single-bonds. However, such a description ignores the contribution of Lewis
structure (1) to the resonance. The absence of formal charges for this structure
would suggest that it is also important. If we include (1), together with (2) and
(3), then the 0-0 bond-length would be predicted to be rather longer than a double
bond. To restore agreement between theory and experiment, it is then necessary to
assume that valence-bond structure (4) (with an 0-O triple bond) also contributes to
the resonance, and that its weight is equal to that of structure (1). The very
different sets of formal charges (and bond-arrangements) would not permit structures

(1) and (4) to have similar weights. These considerations suggest that use of the
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Figure 2-9 Lewis-Langmuir octet structures for F,0,. "Long-bonds" between non-

adjacent atoms are indicated by pecked bond lines.
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standard Lewis structures (1)-(4) alone does not provide a soundly-based description

of the electronic structure for F,0,.

2-5 "LONG-BOND" LEWIS STRUCTURES AND A NEED FOR AN "INCREASED-
VALENCE"™ THEORY

2-5(a) The electroneutrality Principle and "Long-Bond" Valence-Bond Struc-
tures For N,O, let us now suppose that rule (b) of Section 2-4(a) is given prece-
dence over rule (a). Because Lewis structures (5) and (6) of Fig. 2-8 carry zero
formal charges on all atoms, we would now choose them to be the most important of
the valence-bond structures displayed in the Fig. Each of (5) and (6) has a "long"
T or T bond between the terminal nitrogen and oxygen atoms. The atomic orbitals for
these "long" bonds are displayed in Fig. 2-4, namely orbitals y and b for the n-
bond, and orbitals y' and b' for the T-bond. Because y and b are located on non-
adjacent atoms, as are y' and b', their overlap integrals (syb = fybdv etc.,) are
much smaller than are those that pertain for pairs of atomic orbitals located on ad-
jacent atomic centres. Thus, we have calculated Syb H Sy'b' = 0.01. For the N-N
and N-O m~ or T-bonds of structures (1)-(3), which utilize atomic orbitals on
adjacent atoms, the overlap integrals are sya = Sy'a' = 0.26, and Sap = Sgrpr = 0.19.
Consequently, if we assume that the magnitude of the overlap integral provides a
qualitative guide to the extent of covalent bonding, then there is less covalent
bonding for valence-bond structures (5) and (6) than there is for (1)-(4).

It is conceivable that the reduction in covalent bonding that occurs in the
"long-bond" structures (5) and (6) may be compensated for either partially or com-
pletely by the absence of atomic formal charges. Should this be the case, then con-
sideration of both rules (a) and (b) together on a more equal footing would lead us
to conclude that Lewis structures (1), (2) (3), (5) and (6) may all make important
contributions to the ground-state resonance description of the electronic structure
of N,0. For F,0,, Lewis structures (1), (2), (3) and (5) of Fig. 2-9 might also be
selected as important structures. If we extend these types of considerations to
other molecules, then according to the electroneutrality principle, we have no right
to assume that "long-bond" Lewis structures make minor contributions to the ground-
state resonance description for many molecules. The results for a number of

13,17 indicate that this assumption is

calculations of valence-bond wave-functions
especially not valid when the standard Lewis structures (for example, (1)-(4) of
Fig. 2-8 for NZO) carry non-zero atomic formal charges and one or more of the "long-
bond" structures do not. More recently, the generalized valence-bond calculations
of Goddard and his co—workers18, and the valence-bond calculations of Hiberty and

Le-Forestier1 9, provide further support for this conclusion.

Although perhaps it is 'very much concealed, the bond-eigenfunctions for

valence-bond structures with "long bonds" also contribute to the

13,17

molecular orbital description for 4-electron 3-centre bonding We

shall demonstrate this here for a symmetrical 4-electron 3-centre bonding
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unit, with the molecular orbitals of Eqgn. (1). These molecular orbitals
may be used to express the lowest-energy molecular orbital configuration
(w1)2 (\|;2)2 as a linear combination of the bond-eigenfunctions for six

valence-bond structures, namely‘l3c

. (s >

W22 = 2k (¥, (¥—A B) + ¥, (¥ A—B)} + kPv;(¥ R B
L Lid 2 Lod L4 Lid Lid

+4¥,(Y A B) +kj{¥5(Y A B) +V¥g(Y A B)}

thereby showing that the bond-eigenfunction for the "long-bond" structure

Y A E contributes to the linear combination. It may be noted that
because this linear combination contains only one parameter (kq) whose
value may be determined so that the total energy is a minimum, the
molecular orbital configuration does not represent the "best" (i.e.,

lowest~energy) linear combination of the six bond-eigenfunctions. For

‘

the "best" linear combination, the coefficient for v(Y 2 B)
(1) (1] L]

differs from those for ¥(Y A B) and ¥(Y ?A B) (whereas they are

the same in the linear combination above). Thus for O3/ Gould and

Linnett have calculated the "best" linear combination to be' 7a

¥(best) = 0.351(¥; + ¥,) + 0.390¥5 + 0.124¥, + 0.028(¥g5 + ¥g)

thereby demonstrating the importance of the bond-eigenfunction for the
"long-bond" structure with zero formal charges on all atoms. Similar

13b,d,19

results for O3 obtained by other workers are reported in

Table 2-1.

We therefore suggest that satisfactory qualitative valence-bond descriptions
for many molecular systems with 4-electron 3-centre bonding units often require the
inclusion of certain "long-bond" structures as well as the standard Lewis-
structures, all of which obey the Lewis-Langmuir octet rule. Whether or not the
weights of the "long-bond" Lewis structures are large, a more-stable (or lower
energy) description of the molecular systems must always be obtained by including
rather than excluding the "long-bond" structures (provided that the coefficients of
the bond-eigenfunctions are chosen so that the total energy of the valence-~bond
wave~function is minimized).

In the Appendix, a further justification for the inclusion of "long-bond"
structures is provided. It is based on consideration of the magnitudes of the Hj

J
matrix elements in the secular equations.

2-5(b) The Need for "Increased-Valence" Structures If a number of "long-
bond" Lewis structures are included together with the standard Lewis structures in a
qualitative resonance description of electronic structure, the resonance description

may become rather cumbersome. We may also lose quick insight into the expected



properties of the bonds. For exam-

ple, if we include the "long-bond" C. C . W
structures (5) and (6) together - - .
with (1), (2) and (3) to represent ./%)\(—. v 0.337 0.308 0.184
the ground-state electronic struc- :9 O 1

ture for N,0, we might be led to ) (.;;)

deduce that the contributions from :E',/ \o:: '1'2 0.337 0.308 0.184
(5) and (6) would reduce the N-N .

and (nearest neighbour) N-O bond- < /9'\.6; ‘l’3 0.859 0.793 0.593
numbers below the values of 2.67 .N*-(:_:)—’

and 1.67 obtained from resonance :.)./8\})2 “’4 0.110 0.0670 0.023

between (1), (2) and (3) (with each

of these latter structures contri- () 0 (+)
:o_./"\o_: ¥ 0.108  0.0674 0.008

buting equally). However, this % 5

need not be the case, because this +) o (-

deduction ignores the effect of :.b/"\-.O:: \yG 0.108 0.0674 0.008

resonance on bondin +. This suggests

that we require a technique for Table 2-1 Bond-eigenfunction coefficients (Ci)‘zb'd

writing down all of the important and weights W; = cfsu +‘;‘CiCjS-j)]9 for
1

is octet structure both stan-
Lewis uctures ( the 05 ground-state. (N.B. The Ci in the text are for

dard and "long-bond") together with non-normal ized bond-eligenfunctions for Ref. 17a.)
some indication of the effect on
bonding of resonance between these valence~-bond structures. One technique that we
may use to do this involves the incorporation of 1-electron bonds (via the Pauling
"3-electron bonds") as well as electron-pair bonds into the valence-bond structures.
In Chapters 10-14, we shall describe in some detail how this may be done. Here, we
shall only display these types of structures for N,0 and F,0,, and make some obvious
comments about them.

In Section 13-1, we shall generate valence-bond structures (I)-(IV) of Figure
2-10 for N,O, each of which has two 1-electron bonds as well as electron-pair bonds.
(As will be demonstrated in more detail in Section 13-1, these structures may easily
be generated from the standard Lewis structures (1)-(4) of Fig. 2-8 by delocalizing

non-bonding - and®w- electrons into the adjacent N-O or N-N bond regions; for example

(+) '/\“ (o]

.
:N N kjq: —> N N 0:
“+) . (+)
To Illustrate this point, we may refer to the valence-bond structures (H H) and (H H) for the
1-electron molecule ion H;. Each of these structures alone does not have a bonding electron. However,
(+) (+) +
resonance between them generates a 1-electron bond, i.e. (H W o~ ! H) = (He* H . Orbital

theory for this resonance Is developed In Section 3-2.
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If we use the result that a 1-electron -bond between a pair of atoms A and B
summarizes resonance between valence-bond structures (i B) and (A 1';) (i.e« A o B
= (i B) «» (A 1.3)), it is easy to demonstrate that each of (I)-(IV) summarizes
resonance between one standard and three "long-bond" Lewis structures of Fig. 2-8.
Thus, (I) = (1) «+ (5) «+ (6) «» (9), (II) = (2) «+ (5) «> (7) «» (9), (III) = (3)
++> (6) «+ (8) «+ (9) and (IV) = (4) «+ (7) «» (8) «+ (9), as is shown in Fig. 2-10.
Therefore by invoking resonance between structures (I)-(IV), we are able to summarize
resonance between all of the octet structures of Fig. 2-8. It may be noted also
that each of (I)-(IV) seems to have two more bonding electrons than has any of the
octet structures (1)-(9). Therefore (for reasons that are developed further in
Section 11-1) (I)-(IV) are examples of a new class of valence-bond structures, which
have been designated as "increased-valence" structures 13,20,

For illustrative purposes only, the formal charges for "increased-valence"
structures are usually to be assigned on the assumptionf that bonding electrons are
shared equally by pairs of adjacent atoms. If we invoke the electroneutrality
principle, then the absence of formal charges for (I) would suggest that this
structure is more important than are any of (II), (III) and (IV). By assuming this
to be the case, we may conclude that the electronic structure of N,0 more-closely
resembles that of (I) than that for any of the other structures. 1Indeed, if we
select (I) alone to represent (approximately) the electronic structures of N,O, we
may deduce that the N-O bond-length should be similar to that of a double bond, and
that the N-N bond-length should be longer than that of a triple bond, but still
resemble a triple bond. Both of these deductions are in accord with the observa-
tions reported in Section 2-4(a). The N-O double-bond character for (I) is implied
by the presence of four bonding electrons located in the N-O bond region. Relative
to the N-N triple bond of N,, the reduction of the N-N bond-number for (I) arises
because (I) is equivalent to resonance between Lewis structures (1), (5), (6) and
(9) of Fig. 2-8, and only (1) has an N-N triple bond.

In Chapter 11, we shall generate "increased-valence" structure (V) for Fy05,
which has two more bonding electrons than have any of the Lewis structures displayed
in Fig. 2-9. This "increased-valence" structure accounts for the similarity of the
0-0 bond-length to that of free 05, and the lengthening of the O-F bonds relative to
those of O-F single bonds. 1In (V), there are four 0-0 bonding electrons as is

required for a double bond. It may also be deduced that (V) summarizes resonance

t This is the normal procedure that is used to assign formal charges to the atoms of valence-bond
structures. The actual atomic formal charges for a molecule are then determined (primarily) by the
weights of the different valence-bond structures that participate in resonance. However, because an
"increased-valence" structure summarizes resonance between a number of Lewis structures, some of which
will have different weights, the "best" set of formal charges for an "increased-valence" structure will
in general not be integer or !i-lnfeger in magnitude. In the absence of knowledge as to what they are,
we shall use the same procedure that Llnneﬁ’} has used to assign atomic formal charges for his non-paired
spatial orbital structures, namely to assume that bonding electrons are shared equally by adjacent atoms
of the "increased-valence" structures.
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between the standard Lewis structure (1) and the "long-bond" structures (5), (6) and
(7) of Fig. 2-9. 1In each of (5), (6) and (7), the absence of either one or two O-F
covalent bonds between a pair of adjacent oxygen and fluorine atoms reduces the O-F

bond-numbers for (V) below those of unity for (1).

%) .., %) ..
F F tFs tF:
/ (+‘/=’/ (+%) ) (%) %)
30 ——0: 10=——0: /=o=,—-9: :0==0:
F £ 8) F 2 ()
(V) (\2)] (Vi) (vin)

For F,0,, "increased-valence" structures (VI)-(VIII) may also be con-
structed, and they may also participate in resonance with (V). The
electroneutrality principle would suggest that because (V) carries zero
atomic formal charges on all atoms, this structure has the largest
weight, i.e. it is the most important of the four "increased-valence"
structures. By assuming that this is so, we have been able to account
qualitatively for the observed 0O-O and O-F bond-lengths without giving
consideration to the contributions of (VI), (VII) and (VIII) to the

resonance.

Inspection of the "increased-valence" structures (I)-(VIII) shows that each of

them involves electron distributions of the following types:
. . . L
N—N ¢ 0 , N s N—O , F—O « O and F * 0—O

We may generalize these structures to write them as Y——A o B. All "increased-
valence" structures have this type of electron distribution for each set of elec-
trons that is involved in 4-electron 3-centre bonding. As we shall demonstrate fur-
ther in Chapter 11, we may generate this "increased-valence" electron distribution
by bonding a Pauling "3-electron bond" structure i . ﬁ to a third atom i which has
an odd-electron. Thus, using the Green and Linnett representation for the Pauling

L
"3-electron bond" (i.e. A ¢ B rather than As* *B - see Section 2-1), we may write
. . . .
Y + A+ B + Y—A ¢ B

We are therefore led to conclude that all "increased-valence" structures for
4-electron 3-centre bonding units have Pauling "3-electron bonds" as components of
their valence-bond structures. And because the phenomenon of 4-electron 3-centre
bonding occurs extremely frequently, it follows that the relevance of Pauling

"3-electron bond" and "increased-valence" theory for qualitative descriptions of
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chemical bonding is very great. The need for an "increased-valence" theory has also
been implied by Bent?' in his review on inter- and intra-molecular donor and
acceptor complexes.

The discussion above shows that the general "increased-valence" structure
Y—A ¢+ B for 4-electron 3-centre bonding has the following properties. These will

be further elaborated in Chapters 11, 12 and 14.

(a) It summarizes resonance between the standard and "long-bond" Lewis

L - Ll e L
structures Ye—A B and Y A B. Therefore YA ¢ B is more stable

than either of the component structures alone.

(b) It can be derived either from the standard Lewis structure by delocali-
zing a gon-bonding B electron into the adjacent A-B bond region (i.e.
y—;*/‘% + Y—A o f;)or by spin-pairing the odd electrons of the

Pauling "3-electron bond" structure A « Band a Y atom when the odd-

electron orbitals overlap.

(c) Its Y—A bond is a fractional electron~-pair bond, and therefore it is

longer and weaker than the normal YeeeA electron-pair bond of YeeeAa .B..

In Chapters 11, 12 and 14, the following additional properties will also be

demonstrated.

.
(d) In (b), the odd-electron of i « B that is spin-paired with that of Y

occupies an antibonding A-B orbital.

(e) A total of three electrons may participate in fractional Y-A, Y-B and A-B
" Tee T

bonding in Y——A e i. Each Of Yesmmp .B. and Q .A. B has two bonding

electrons, and therefore the "increased-valence" designation for

Y—A ¢ ﬁ is a consequence of this property.

(£f) The A atom valence for the "increased-valence" structure can exceed the

L1
value of unity that exists for the standard Lewis structure YessA B.

For 6-electron 4-centre (and longer N-centre) bonding units, similar types of

properties exist for most of the "increased-valence" structures. For example, by
. . 3

spin-pairing the odd-electrons of the Pauling "3-electron bond" structures A « B and

. L . L

C ¢ D, "increased-valence" structure A ¢ B—C ¢ D for 6-electron 4-centre bonding
(14 Ld

units is obtained. This structure summarizes resonance between A Bewe=C D,

oo oo L3 0 TS " oo e Y
A B Cc D, A B C D and A B C D and may also be generated from the

standard Lewis structure by delocalized non-bonding A and D electrons into the A-B

u'\’ ‘oo
and C-D bond regions (i.e A Be—=C D).
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Some of the longer N-centre bonding units do not have Pauling "3-electron
bonds" as components in their "increased-valence" structures. Thus, for 6-electron
S5-centre bonding, no Pauling "3-electron bond" is present in the "increased-valence"
structure YA ¢ B ¢ C—D which is derived from the standard Lewis structure
Y—a B c—b by delocalizing the two non-bonding B electrons into the
adjacent B-A and B-C bond regions, (i.e. Y—=A C—D). However, all
"increased-valence" structures for electron-rich molecules summarize resonance
between standard and "long-bond" Lewis structures, and therefore they are more
stable than the standard Lewis structures from which they are derived.

Other approaches to "increased-valence" are possible for molecules that
involve atoms of first-row elements. For example, the valence-bond structure
:IEN=§ with an apparent valence of five for the central nitrogen atom, is
sometimes used to represent the electronic structure of N,0. In Chapter 16, we
shall discuss why this type of structure is less useful for qualitative purposes
than are those (such as :NEN—:—-(:):) that involve one-electron and fractional

electron-pair bonds as well as normal electron-pair bonds.
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CHAPTER 3
WAVE-FUNCTIONS AND VALENCE-BOND STRUCTURES FOR 1-ELECTRON BONDS,
ELECTRON-PAIR BONDS. PAULING “3-ELECTRON BONDS“ AND “NO BONDS”

An elementary survey will be presented here of types of valence-bond struc-
tures and simple orbital wave-functions that may be used to describe 1-electron
bonds, electron-pair bonds, Pauling "3-electron bonds" and "no-bonds" for diatomic

systems.

3-1 DIATOMIC BONDING AND ANTIBONDING MOLECULAR ORBITALS

If A and B are two atoms with overlapping atomic orbitals a and b, whose
overlap integral S, = fabdv is > 0, we may construct the bonding and antibonding
molecular orbitals ¢, = ¥, = a + kb and y_ = w;b = k*a - b, for which k and k* are
constants (both > 0) that are related through the requirement that the two molecular
orbitals be orthogonal (i.e. ‘H’ab“‘;b d&v = 0 for real orbitals). If the parameters k
and k* are chosen so that the energy of V5p is a minimum, then the bonding molecular
orbital has an energy which is lower than that of the antibonding molecular orbital.
For H;, Hy, He; and He,, approximate contours for these orbitals, which are construc-
ted from overlapping 1s atomic orbitals, are displayed in Fig. 3-1; the symmetry for

Yap=a’is
=1S5,— 1Sy

/@G -
~++++

Yo = 015
“ =15, +15p H

1Sa

+
> He, He,

Figure 3-1 o01s and c*1s bonding and antibonding molecular orbitals, and
orbltal occupations for the ground-state configurations of H;,
H,, Hez and He,.
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each of these systems requires that k = k* = 1, If A and B are non-equivalent atoms
(or more particularly a and b are non-equivalent orbitals), then in general k # k*
# 1. The parameter k is then either > 1 or < 1 according to whether B is more or
less electronegative than A with respect to the electron(s) that occupy the

molecular orbital.

For the special case that a and b are equivalent atomic orbitals
(i.e. k = k* = 1), the energies for molecular orbitals VY,p and w;b may be
expressed according to Egs. (1) and (2) if the atomic orbitals are
normalized (i.e. fazdv = szdv = 1). The a and B are the coulomb and
resonance integrals defined according to Egs. (3) and (4); 1; is the

Hamiltonian operator for an electron.

ey = (@ + B)/(1 + S,p) (1)
e_ = (a = B)/(1 = Sup) (2)
a = [aHadv = [bibav (3)
8 = [anbav = [bHadv (4)

When Sap > 0, it may be deduced that B < 0 and that e_ > €,, i.e. that

B = Sapa < 0.

3-2 ONE-ELECTRON BONDS

For the 1-electron bond of the valence-bond structure A e B, we may use the
bonding molecular orbital Vop = @a + kb to accommodate the electron. This orbital
wave-function shows immediately that A e B summarizes resonance between the valence-
bond structures (i B) and (A 1.3) whose wave-functions are the atomic orbitals a

and b respectively, i.e. we may write

w
[
+

Yap = @ + kb kb
The hydrogen molecule ion H$ is the simplest molecular system with a 1-
electron bond; its molecular orbital wave-function and corresponding valence-bond
. .
structures are Y, = 1s, + 1sg = o1s and (H e mt = @ BY) «» (gt H). 1In
the Linnett valence-bond structures (1) and (2) for ByHg and CgHg, the bridging B-H

bonds and the C-C m-bonds are 1-electron bonds!. For each of these bonds, the a and
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3

b atomic orbitals are a pair of boron sp” and hydrogen 1s orbitals, and a pair of

2pr-orbitals located on adjacent carbon atoms.

H
H. . . H
Np B”
(1) (2)

For H;, the bonding molecular orbital ¢gil1s = 1sA + 1sB has the energy
given by Eqn.(1). If no overlap occurs between the atomic orbitals, then
B as well as S, equals zero. The energy for o1s is then equal to a.
The energy difference between a and (a + B)/(1 + Sab) namely
(B = Sapa)/(1 + S 1) is referred to as the "constructive interference

energy n2

and corresponds to the drop in energy that occurs for H; when
the atomic orbitals overlap. (This energy is also equal to the resonance
stabilization energy). An analysis of the kinetic and potential energy

contributions to this energy2-5

shows that the kinetic energy is reduced
appreciably and the potential energy rises slightly when the atomic
orbitals overlap, i.e. the stabilization of the og1s bonding molecular
orbital relative to a 1s atomic orbital is due to a net drop in kinetic

energy when overlap occurs.

33 ELECTRON-PAIR BONDS

For the electron-pair bond of the valence~-bond structure A=B, two simple

types of wave-functions may be used to describe the electron configuration.

(i) Molecular orbital: The Pauli exclusion principle allows any orbital to
have a maximum occupancy of two electrons. Consequently the two
electrons of the A—=B bond may both occupy the bonding molecular
orbital Vagp=a+ kb. Therefore, the lowest-energy molecular orbital
configuration is Y p(1)¥ 1 (2) = (‘Uab)z' For H,, a and b are the 1s
atomic orbitals and k = 1. The resulting molecular orbital configuration

is 01s(1)01s(2) = (01s)? withols = 1s, + 1sg.

(ii) Heitler-London valence-bond: Instead of forming the 2-electron wave-
function as a product of 1-electron molecular orbitals, we may also
construct products of the singly-occupied overlapping atomic orbitals a
and b. The resulting 2-electron wave-functions, a(1)b(2) and b(1)a(2)
differ only in the labelling (1 or 2) of the electrons, and are
equally-acceptable wave-functions. The linear combinations

a(1)b(2) * b(1)a(2) may therefore be constructed. The lower-energy
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linear combination is a(1)b(2) + b(1)a(2), and this is the Heitler-London

(valence-bond) wave-function for the electron-pair covalent bond A—B.

For Hy, this wave-function is written as 1sA(1)‘lsB(2) + 158(1)151\(2) with
2 %

a normalization constant of 1/(2 + 2S7,)°.

For either of the above wave functions, the Pauli exclusion principle requires
that the two electrons have opposite spins (Section 3-4), i.e. the total spin
quantum number (S) = 0. If we use crosses and circles (x and o) to represent
electrons with s, spin quantum numbers of +1/2 and -1/2 (or a and B spin wave-

functions), then we may write

A—B = A § B for ¥(MO) = y_ (1 p(2) (5)
X o (o] X
and A—B = A B ++ A B for ¥(HLVB) = a(1)b(2) + b(1)a(2) (6)

For H,, both the molecular orbital and the Heitler-London wave-functions give
appreciable electronic dissociation energies (De), namely 2.69 eV and 3.16 eV
respectively, when hydrogen-atom 1s atomic orbitals (exp(-zr) with g = 1) are used
in the energy calculations. If the orbital exponent f is chosen so that the total
energy is minimized, these dissociation energies increase to 3.49 eV and 3.78 eV.
The exact dissociation energy is Dy = 4.75 eV.

To improve further the molecular orbital wave-function, we may invoke
"configuration interaction" (C.I.), i.e. linearly combine the bonding configuration
vab(‘l)wab(ﬂ with the antibonding configuration w;b(ﬂw;b(z). To improve the
Heitler~London valence-bond function, we may invoke "covalent-ionic" resonance. This
involves linearly combining the covalent wave-function a(1)b(2) + b(1)a(2) with the
wave-functions a(1)a(2) and b(1)b(2) for the ionic valence-bond structures AY Bt
and at SB . For H,, the appropriate ionic wave-function is 15A(1)1SA(2) +
185(1)1s5(2) with both ionic structures H3 BY and BY $H™ contributing equally to
the resonance. Alternatively we may replace the a and b atomic orbitals of the
Heitler-London wave-function with the semi-localized orbitals a + kb and b + k'a in
which ¢k and k' are parameters. If the parameters that arise in each of these three
"improved" wave-functions are chosen so that the total energy for each wave-function
is minimized, it can be shown that the three wave-functions are equivalent and will
generate the same dissociation energy.

For H,, the three improved wave-functions of the previous paragraph are given
by Egs. (7)-(9) with a = 1sp and b = 1spg. Equality is obtained when A
= (1+K)/(1 = K) = 2c/(1 + 2).

¥(MO,CI) = {a(1) + b(1)}{a(2) + b(2)} +k{a(1) - b(1)}{a(2) - b(2)} (7)

¥(VB,resonance) = a(1)b(2) + b(1)a(2) +A{a(1)a(2) + b(1)b(2)} (8)
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Y(VB,semi-localized)

= {a(1) + kb(1)}{b(2) + «ka(2)} + {b(1) +ka(1)}{a(2) + «xb(2)} (9)

In Table 3-1, we report the results of calculations of the dissociation energy
for H,, which use the above types of orbital wave-functions for H,. Because |A| for
Egn. (8) is calculated to be << 1 (for example, 0.105 or 0.265), the primary

component for the H, ground-state wave-function must be the Heitler-London wave-

function.
wave-function parameters Dg(ev) Rglay)
{1s,(1) + 1sg(1)}{1s,(2) + 1s5(2)} T = 1.0 2.695 1.61
" g = 1.197 3.488 1.38
185(1)1s5(2) + 1s5(1)1s,(2) z = 1.0 3.156 1.64
" z = 1.166 3.782 1.41
¢A(1)¢B + ¢B(1)¢A(2) t1s = &2p = 1.19 4.04 1.416
¢ = 1s + 112pz u = 0.105
185(1)1s5(2) + 1s5(1)15,(2) g =1 3.230 1.67
+ X{18A(1)1SA(2) + 1sg(1)1sg(2)} A = 0.105
" T = 1.194 4.025 1.43
A = 0.265
¢A(1)OB(2) + 03(1)0A(2) z = 1.190 4.122 1.41
+ AM{18,(1)18,(2) + 1s5(1)1s5(2)} A = 0.175
u = 0.07
experimental 4.74759 1.4006

Table 3-1 Simple wave-functions, dissociation energies and equilibrium
internuclear distances for H, ground-state. (Adapted from
Table 5-12 of "Atoms and Molecules", by M. Karplus and R.N.
Porter, (Benjamin, N.Y., 1970).)

3-4 SPIN WAVE-FUNCTIONS FOR ONE-ELECTRON AND TWO-ELECTRON SYSTEMS

In Section 1-2, we have referred to the s and s, spin quantum numbers for two
electrons. For s, = +1/2 and s, = -1/2, the spin wave-functions are designated as a
and B respectively. A spin-orbital involves the product of a spatial orbital (e.g.
Vap for the H; ground-state) with one of these spin wave-functions. Thus for the
electron of the H; ground-state, we may write down two spin-orbitals, namely
wab(1)a(1) and wab(1)8(1). In the absence of a magnetic field, these spin-orbitals

are degenerate.
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The 2-electron spin wave-functions are a(1)a(2), B(1)8(2), {a(1)B(2) +
8(1)0(2)}/2% and {a(1)B(2) - B(1)u(2)}/f’. They have s, (= s,(1) + s,(2)) spin
quantum numbers of +1, -1, 0 and 0 respectively. Their total spin quantum numbers
may be shown to have values of § = 1, 1, 1 and 0. For S = 1, the electron spin
orientations are parallel (i.e. +4) whereas they are antiparallel or opposed (i.e 44
for S = 0 (see Figure 1-3). Each of the three s = 1 wave-functions is symmetric
with respect to the interchange of the electrons, whereas the S = 0 wave-function is
antisymmetric (i.e. changes sign) with respect to electron interchange. The Pauli
exclusion principle requires that symmetric spatial wave-functions be associated
with the antisymmetric spin wave-function, and vice versa. Each of the A—B bond
wave-functions of Egs. (5)-(9) is symmetric with respect to the interchange of
electrons. Therefore they must be associated with the antisymmetric spin wave-
function {a(1)8(2) - 8(1)u(2)}/2%

Thus we may write

for which the electron spins are antiparallel.

Vap(M¥ap(2) x { a(1)8(2) - B(Na(2) } /2" (10)
and {a(1)b(2) + b(1)a(2)} x {a(1)B(2) - B(1)a(2)}/2% (1)

as the total wave-functions for the molecular orbital and Heitler-London approxima-
tions to the S = 0 ground-state.

The symmetric S = 1 spin wave-functions must be associated with antisymmetric
spatial wave-functions. The latter wave-functions may be written down using either
the bonding and antibonding molecular orbitals or atomic orbitals, as is indicated

in Egs. (12) and (13) (together with the spin wave-functions).

[ a(1a(2)
(hap(1Vap(2) = vap(1¥ap(2)} x| {a(1)B(2) + B(1)a(2)}/2" (12)
L 8(1)B(2)
a(1Ma(2)
{a(1)b(2) - b(1)a(2)} x | {a(1)8(2) + B(1)a(2)}/2" (13)
B(1)8(2)

For these excited-state wave-functions, the two electrons have parallel spins.
An S = 0 excited state wave-function, with antiparallel spins for the two electrons

is given by Egn. (14).

(oap(DVp(2) + Wap (v, p(2)} X {al1)B(2) = B(1a(2)} /2" (14)

Further consideration of the electronic structures of excited states is

provided in Chapter 9.
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3-5 AN IMPORTANT THEOREM

We shall now deduce that, except for the presence of a multiplicative
constant, the two S = 1 wave-functions of Egs. (12) and (13) are entirely equiva-
1ent6'7. This identity will be used often in the following sections, and indeed
much of the theory of this book is based on it.

Initially we shall assume that the parameters k and k* both equal unity in the
bonding and antibonding molecular orbitals Vop and w;b of Eqn. (12). If we then
substitute ¥, = a + b and “’;b =a - b into Egn. (12) and multiply out the atomic
orbital terms, we obtain Eqn. (15), thereby demonstrating the equivalence between
Egs. (12) and (13). (For convenience only, we have omitted the spin wave-functions)
In Section 3-7, this result and also those of Section 3-6 will be deduced from the

properties of Slater determinantal wave-functions.

Vap(1¥ap(2) = vap(1¥,p(2) = =2{a(1)b(2) = b(1)a(2)} (15)

When the ¥y, and w;b are normalized to give VYap = (a+b)/(2 + 2sab)}’ and ‘v:b
= (a - b)/(2 - zgab)’i, the multiplicative constant of -2 in Egn. (15) is replaced by
(1 - Sib);’. For the general orthogonal orbitals Vap = a +kb and w;b = k*a - b, we
obtain the identity of Eqn. (16).

Vap(MVap(2) = vap(¥,p(2) = =(1 + kk™){a(1)b(2) = b(1)a(2)} (16)

We may therefore conclude that, with respect to orbital occupancy for a

diatomic systenm,

one antibonding electron
+ = two "non-bonding" electrons (17)

one bonding electron

provided that the two electrons have parallel spinsf and the molecular orbitals are

constructed from the same set of atomic orbitals. The non-bonding property of the
R.H.S. of the identity arises because the a and b electrons have parallel spins.

With respect to energy, this configuration is net antibonding when the overlap

integral is included in the normalization constants for the molecular orbitals; this

is because w;b is more antibonding than Y.}, is bonding relative to the component

atomic orbitals (see, for example, Egs. (1) and (2)).

u If the two electrons have antiparallel spins, then the spatial wave-function of Eqn. (14) for one

bonding + one antibonding electron Is equivalent to &k = 1) {a(1)b(2) + b(1a(2)} + 2(k a(l)a(2) -
kb(1)b(2)}.
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3-6 THE PAULING "3-ELECTRON BOND"

In 1931, Pauling8 introduced the "3-electron bond" structure Aees sB as a way to
summarize resonance between the Lewis valence-bond structures A$ B and Ae $B, i.e.,
he wrote Ae e eB = At *B +«+ A+ $B.

In Fig. 3-2, the 1s atomic orbital occupations for Af B and Ae $B are

displayed for the helium molecule ion, He;. Because each of these valence-bond

X0 x (+) x(+) ox x x\ (+)
He He -— He He = He © He
1S5 1Sg
ols
ox o(+) of(+) xo . o o\ (+)
He He -— He He = He x He
154  1Sg
— - (&
\/
ols

1S 1S ol1s 15

Figure 3-2 Orbital occupations and electron spins for Pauling "3-electron bonds".

structures has only one unpaired electron, Pauling deduced that the length and

strength of a "3-electron bond" should be approximately equal to that of a 1-elec-

tron bond. If we indicate the spins of the electrons, as in
X X0 X X

AS xB «—> AX 0B or A B «—> A B

then it is obvious that there can only be one bonding electron, because two

electrons with the same spin cannot form a bond.
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For the three electrons of the Pauling "3-electron bond"”, a molecular orbital
description may also be constructed using the bonding and antibonding molecular
orbitals Vap = @ + kb and \p;b = ka = b. The Pauli exclusion principle allows only a
maximum of two electrons with opposite spins to occupy any orbital. Therefore for
the three electrons of the valence~-bond structure As ¢ B, the molecular orbital
configuration involves two bonding electrons + one antibonding electron. This
configuration may be written as (‘pab)z("‘;bﬂ‘ For this configuration, the contribu-
tion to bonding by one of the two bonding electrons is cancelled by that of the

antibonding electron; for two electrons with parallel spins, 1 bonding electron + 1

antibonding electron = 2 non-bonding electrons according to Egn. (17), or
*
Wap) ' Wap)' = (a2)'(b)?! in which a and b are the atomic orbitals from which Yab
*
and V¥,p are constructed. Therefore for the molecular orbital configuration

('J?ab)z(‘ll;b)1, we may writel

Wap) 2! = @' ®m! = @+ T@' ! = (@227 * k(a) ()2
(18)

thereby demonstrating that resonance between the valence-bond structures 2 B and
A B (with atomic orbital configurations (.a)z(b)1 and (a)1(b)2) is involved, just
as it is for the Pauling "3-electron bond" structure Aeese+B. Because the configura-
tion wab)1(a)1(b)1 involves only one bonding electron (namely, the electron that

9 in 1960 modified

occupies y,}), and two non-bonding electrons, Green and Linnett
the "3-electron bond" valence-bond structure and wrote it as i e B (or A Be*),
which indicates quite clearly that the Pauling "3-electron bond" involves only one
A-B bonding electron. Further, because the a and b electrons of this structure are
non-bonding electrons with parallel spins, the spin of the bonding V,p electron must
be opposite to those of the a and b electrons. (This follows because only one of

* *
the y_,; electrons of Wab)z(“’ab)1 can have the same spin as that of V,pe) There-

fore, the electron spins of A B may be those of either )A( [e] ; or : X g, according
to whether the antibonding “’;b electron has a +1/2 or -1/2 (sz) spin quantum number.
In Fig. 3~2, the orbitals and electron spin assignments are displayed for these
latter valence-bond structures.

The above considerations show that the Green and Linnett structure A o ﬁ, with
one bonding and two non-bonding electrons, provides a "better and clearer diagrama-
tic representation of the electron distribution"m than does the Pauling structure
A+ ¢ B, and therefore we shall use the A B representation in the remainder of this

book. However, (perhaps misleadingly), we shall continue to refer to this valence-

bond structure as a Pauling "3-electron bond" structure.

t Our concern here is with orbital occupancies, and therefore this equivalence is appropriate whether or
not atomic orbital overlap integrals are included in the normalization constants for the molecular
orbitals. See Section 3-10 for a discussion on the inclusion of overlap integrals on the energies of
Pauling "3-electron bonds".
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3-7 SLATER DETERMINANTS AND THE PAULING "3-ELECTRON BOND"

Although it is not required for a reading of much of this book, it is useful
here to elaborate further the discussion of the Pauli exclusion principle in order
to formalize the derivation of the identity (\pab)z(w;b)1 = (‘Vab)1(a)1(b)1 for the
Pauling "3-electron bond". This is done by utilizing Slater determinants to
represent antisymmetrized-product wave-functions. We shall do this initially for
some 2-electron wave-functions for Hj.

The Pauli exclusion principle (Section 3-4) requires that the total wave-
function for an N-electron system be antisymmetric with respect to the interchange

of the coordinates of any two electrons, i.e.,
Y(1,2,3,000d,F500e) = =¥(1,2,3,000F,1,000) (19)

For a two-electron atom or molecule, the total wave-function may be written as

the product of a spatial wave-function with a spin wave-function, i.e.
¥(1,2) = y(1,2)5PaC®  y(1,2)SPin (20)

For the ground-state of H,, antisymmetrized product wave-functions are given
by Egs. (21) and (22) (cf. Egs. (10) and (11), with Yy, = ols = sp * sy and
a = 1sy = s, etc.)

¥(MO) = g1s(1)o1s(2){a(1)B(2) - B(1)a(2)}/2;2 (21)

Y(HLVB) = {s,(1)s5(2) + s5(1)s,(2)} {a(1)8(2) - B(1)a(2)}/27 (22)

These wave-functions may be expressed in determinantal form. Thus Y(MO) of
Egn. (21) may be written as Eqgn. (23), which is an example of the Slater determinant
representation for an antisymmetrized product wave-function. By indicating only the
two terms of the leading diagonal, this determinant may be abbreviated to Eqn. (24).
Sometimes, the presence or absence of a bar over the spatial orbital indicates that

the electron has a B or o spin wave-function.
o1s(1)a(1) ol1s(2)a(2)

¥ (MO) =1 (23)
al1s(1)B(1) o1s(2)8(2)

z lo1s(1a(1)o1s(2)8(2)] = lo1s®1sB| = |g1soisl (24)
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It is easy to verify that the Heitler-London valence-bond wave-function of
Eqn. (22) may be expressed as a sum of two Slater determinants according to Egn.
(25).

¥(HLVB) = “sgl + Isgsgl (25)

I'sy

One important property of a determinant is that it changes sign if two rows or

columns are interchanged. Therefore
lo1s%1sB| = - |o1sPa1s%| (26)
a B a Bl = a B B

and Isaspl + Is§sy] = Isgsil |s8s2] (27)

The identity of Egn. (15) that exists between the S = 1 configurations of Egs.

(12) and (13) may be written in terms of Slater determinants according to Eqn. (28).

W wadl = -2]a%p®|
W vaBl - lvaduBpl = —2(1a%bf1 - %P ) (28)
W8 vall = -21afp8|

Except for the possible introduction of a multiplicative constant, a determi-
nant is unaltered by adding and subtracting multiples of rows or columns. For

example

a d a+ 6d 4a-4d

c b c +6b 4c - Db

Therefore, for two electrons with parallel spins, the identity of Eqn. (29)

pertains, for which the identities of Eqn. (28) are particular examples.
o0 _ -1 o a
Iwﬂpz' = - (1 + kk*) I(\px + kP2) T (k*Y, - Yp) | (29)

Because a determinant has the value of zero if any two rows or columns have
identical elements, the Slater determinant form of the antisymmetrized product wave-
function indicates immediately that two electrons with parallel spins cannot occupy
the same orbital. Thus |o1s®01s%| = 0 and |s}s3l = 0. ‘

For a three-electron system, it is not possible to factor out the spatial
wave-function from the spin wave-function, as has been done in Egs. (21) and (22)

for a two-electron system. However, an antisymmetric total wave-function may still
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be generated by constructing a Slater determinant. To demonstrate this, we shall
construct such a wave-function for the (015)2(0*18)1 B (0)2(0*)1 ground-state
configuration of He; (section 3-6). If we assume that the antibonding 0*18 electron
has spin wave-function g, the He; wave-function may be written in Slater determinant

form as:

*
a(Mal1) a(1)g(1) g (1)g(1)

* 1 *
lo%Pa Bl = mm | o(20a(2)  o(25(2) o (2)8(2) (30)

*
0(3)a(3) a(3)8(3) g (3)g(3)

On expansion of this determinant, we obtain a linear combination of six functions,
namely that of Eqgn. (31). By interchanging the coordinates of any two electrons,
this linear combination may be shown to be antisymmetric with respect to the

interchange of two electrons, and therefore it obeys the Pauli principle.

16%B5™B 1 = [o(1al(1) {0(2)8(2)6" (3)8(3) - ¢(3)8(3)0™ (2)8(2)}
+ 0(2)a(2) {0(3)8(3)g" (1)8(1) - g(1)g(1)g" (3)g(3)}

+ 0(3)a(3) {0(1)g(1)g (2)8(2) = g(2)8(2)g" (1) (1)}]//31 (31)

z {o(1D)a(1) |o(2)8(2)o*(3)8(3)| + g(2)al(2) Io(3)8(3)o*(1)a(1)|

+ 0(3)a(3) la(Np(1)g (2)8(2) 13 /¥V31 (32)

For each of the three 2 x 2 Slater determinants of Eqn. (32), the identity of
Eqn.(28) pertains i.e. |°80*B| = -ZIS%S%I. Therefore, an equivalent expression for
the slater determinant of Eqn. (30) is that of Eqgn. (33). If the odd-electron of

He; has spin wave-function o, then the identity of Eqn. (34) is appropriate.
*
%8s Bl = '2|0°S}8\S%| = 2|s§o“sg| (33)
* *
lo®Bo @] = -lg% %gB| = 2|sg8%aa| = -2|S%oss%| (34)

The identities of Egs. (33) and (34) provide a more complete statement that,
except for the presence of a multiplicative constant, the wave-function for two
bonding electrons + one antibonding electron is equivalent to the wave-function for
two electrons occupying separate atomic orbitals with parallel spins + one bonding
electron occupying a bonding molecular orbital with opposite spin. We shall make

use of this result on numerous occasions.
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This theory is easily extended to the general heteronuclear system AB with
overlapping atomic orbitals a and b. If AB is a three-electron system, With two
bonding electrons and one antibonding electron that occupy the orthogonal molecular
orbitals ¥, = a + kb and “';b =x"a- b, then by application of Eqgn. (29) it may be
deduced that

X X

v vadl = = (1 + kk™)1a%B,p%| Ao B (35)
o o

e B vaBl = = (1 + k") 1v3,aPpP] A x B (36)

thereby generating the Pauling "3-electron bond" structure i e B. The constants k
and k* may be related through the requirement that V,p and "’;b be orthogonal. (If a
and b are real normalized atomic orbitals, with overlap integral Saps then the
orthogonality relationship is (k* - k) + .(kk* - 1)Sap = 0). We note that if we
neglect Sapr then k* = k. If AB is homopolar, thenk = 1 = k*, as is the case for
He;.

In Chapters 15 and 23, Slater determinants will be used to construct wave-
functions for 4-electron 3-centre, 6-electron 4-centre and larger N-centre bonding

units.

3-8 "NO BONDS"

*
If we add another electron to the molecular orbital confguration (wab)z(wab)1,
*

ab)z' It is then easy to show

we obtain the four-electron configuration (wab)z(w
that with respect to orbital occupations, 2 bonding electrons + 2 antibonding
electrons are equivalent to 4 non-bonding electrons, i.e., (Wab)z(W;b)z = (a)2(b)2,
and therefore no bond can be formed between atoms A and B for this four-electron
configuration. The valence-bond structure for the four electrons is that for two
atoms, each carrying a pair of non-bonding or lone-pair electrons with their

X0 Xo . o x x
electron spins opposed, i.e., A B = A B or 5A By = A BS.

3-9 VALENCE~-BOND STRUCTURES AND BOND PROPERTIES FOR H;, Hy, ﬂe; AND
He,

The four simplest molecular system with valence-bond structures of the type
A ¢ B, A—B, i d i and 2 B for their ground state are H;, Hy, He; and Hej.
For each of these systems, we may use the 1s atomic orbitals to construct the
bonding g1s and antibonding o*1s molecular orbitals of Fig. 3-1. The resulting
molecular orbital configurations for the ground-states are reported in Table 3-2,

together with their valence-bond structures. From the molecular orbital
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configurations, we may calculate the bond-orders for these four systems using the

formula

n = (No. of bonding electrons - No. of antibonding electrons)/2.

The bond-orders are

reported in the Table, n D R

e e
together with the dis- " 3 "
H 1/2 2.79 1.06
sociation energies (Dg) Ha (01s) (H - B /
Hy (01s)? HtH 1 475 0.75

and bond-lengths (Rg). - . .
. He! (01s)2(c*1s)1  (He « He)* 1/2  2.60 1.08
Inspection of the va- 2 2, * 2 oo oo
1 0 0
lence-bond structures He2 (015)%(0 18) He He -

shows that the number
Table 3-2 Molecular orbital configurations, valence-

of bondi i
£ nding electrons in bond structures, bond-orders,dissociation

each of them reflects energies (eV; 1 eV = 96.4 kJ mol-1) and bond-lengths

the trends found for 0-10

° 2 + +
(A, 1a =1 m) for Hy, Hy, He, and He,.

the molecular proper-

ties.

3-10 INCLUSION OF OVERLAP INTEGRALS IN NORMALIZATION CONSTANTS FOR
MOLECULAR ORBITALS; NON-BONDED REPULSIONS

In Section 3-5, we have indicated that inclusion of the overlap integral Sab
in the normalization constants for the bonding and antibonding orbitals of Eqn. (37)
leads to a greater destabilization for W;b than stabilization for y,,. The energies
for these molecular orbitals are given by Egs. (1) and (2), in which the coulomb and

resonance integrals a and B are defined in Section 3-2 with B < 0 when Sap > 0.
- R Y
Vp = (a + b)/(2 + 25,1) , Vap = (@ - b)/(2 -25,y) (37)

When electrostatic interactions between the electrons are neglected, the total

electronic energies for the Pauling "3-electron bond" and the "no-bond" configura-
* *

tions (wab)z(\pab)1 and (wab)z(\pab)z are given by Egs. (38) and (39). From them it

may be deduced that, relative to the energies of 3a and 4a when Sap = 0 at the same

11-13%

internuclear separation, (wab)z(w;b)1 is antibonding if Sap > 1/3 and

(wab)z(w;b)z is ::mt:i.bond.i.m_;14 if S;p > 0. The latter result also pertains when

t Because the Pauling "3-electron bond" structure R . é is equivalent to ry I.B - R .B., R . é is
stabilized relative to either of the component structures when the same Iinternuclear separation and
atomic orbital overlap are appropriate for each of the three structures. Using the molecular orbitals of
Eqn. (37) to construct the (wab)z(ﬂf; ! configuration for A r's, i+ may be deduced'® that the resonance
stabilization energy (E(R B - E(A. B) is given by (B - Sp@)/(1 + Sp)e  This energy is formally
identical to the constructive interference energy for H} (Section 3-2).
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electrostatic interactions between the electrons are explicitly included in the

15

energy calculation - at least for He, and Ne,.

2e, + e = {(3 - Sypla + (1 - 35,,)8}/(1 = 2p) (38)
2e, + 2e_ = 4(a - S,8)/(1 = S2p) (39)

The net antibonding character of “‘ab)z(“’;b)z = (a)z(b)z/(l - Sgb) implies
that destabilizing interactions exist when two lone-pair orbitals overlap. Thus,
when two helium atoms in their ground-states approach each other, a repulsive
potential is established at moderate internuclear separations1s. The trans geometry
of NoH, and the non-planarity of Hy0, in their ground-states may also be partially
ascribed to non-bonded repulsions between the lone-pair electrons; for a pair of
non-bonding orbitals on different atomic centres, these geometries reduce the
magnitude of the overlap integral Sapr thereby decreasing the magnitude of the net
antibonding destabilization.

Consideration of the electronic structure and geometry of the first excited
(triplet-spin) state of ethylene provides an illustration of non-bonded repulsions
between singly-occupied overlapping orbitals. Ethylene has two m-electrons that
occupy a bonding molecular orbital in the lowest-energy configuration. If one of
these electrons is excited into the antibonding m orbital, then (ﬂcc)1(ﬂ;c)1
configurations are obtained with parallel and antiparallel spins for the two
electrons. Hund's rule of maximum spin multiplicity requires that the parallel spin
state (S = 1) has lower energy. The resulting spatial wave-function is given by
Eqn. (40), which is equivalent to Eqn. (41) (with a and b = carbon 2pr atomic
orbitals). This (11cc)1(1r:;c)1 configuration is net antibonding. Overlap repulsive
interactions between the singly-occupied a and b orbitals of Eqn. (41) are reduced
if these orbitals are rotated relative to each other around the C-C bond-axis. A

non-planar S = 1 excited state is thus obtained.
* * L}
{roc(NTec(2) = moc(NT(2))/2 (40)
= {a(1)b(2) - b(1a(2)}/{2(1 - 52, 1}* (a1)

Examples of Pauling "3-electron bond" destabilizations are described in Refs.
11-13, 17 and 18. One of them is concerned with the structures of CHB-xxx radicals,
with X = NH,, OH or F. The ground-state of the CH3 radical is nearly planar. On
replacement of the H-atoms with the X-substituents, increasing pyramidalization is
either predicted or observed to occur. The development of a Pauling "3-electron
bond" (.:—‘-i involves two competitive overlap effects, namely a tendency for
stabilization of planar CH,-X when the overlap is small, and a tendency for

stabilization of non-planar CHy-X when the overlap is large. The magnitude of the
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overlap integral becomes important in order to ascertain which of these

predominates.

3-11 BOND-ORDERS

When overlap integrals are omitted from normalization constants for and
orthogonality relationships between molecular orbitals, then the bonding and
antibonding molecular orbitals of Eqn. (42) are normalized and orthogonal. (The
atomic orbitals a and b are assumed to be normalized.) For each of the (wab)1,
("ab)z' (wab)z(w;b)1 and (‘J:ab)z(w;b)2 configurations, the atomic orbital charges p_,
and Py}, and the A-B bond-order P_ ) are then easily calculated from Egs. (42) and
(43) , in which Cja and c;, are the atomic orbital coefficients and n; is the
th 119. The resulting charges and bond-

occupation number for the i molecular orbita

orders are reported in Table 3-3.

Vap = (a+ kb)/(1 + k%)%, yiy = (ka - b)/(1 + k%)% (42)
Pa, = Zn;c2,, Ppp = In;c2p, Pap = In (43)
aa = #1i%ar Ppb T #1iCipsr Pab T 41;iCjaCjb
1 1 1
Paa Ppb Pap
Wap) " 17(1 + k2) k2/(1 + k) k/(1 + k2)
(Vap)? 2/(1 + k?) 2%2/(1 + k2) 2%/(1 + k?)
Wap) b 1+ 1/01 + k2) 1+ k2/(1 + k) k/(1 + k2)
Wap)2(hap)? 2 2 0

L] L]
Table 3-3 g\.ton:;ic orbital charges and bond orders for A ¢« B, A===B, A ¢ B and
A B.

For the Pauling "3-electron bond" (i . 1.3 = A B -+ i 'ﬁ), we may write
(Wab)2(whp) 1= (a)1(bab) 1(b) 1 = {(a)2(b)1 + k(a)1(b)2} /(1 +k2)%, from which it may
be deduced that the weights for the component structures .A. ﬁ and i .B. are
1/(1 + k2) and k2/(1 + k2). These weights correspond20 to the odd-electron charges
for the b and a atomic orbitals of i . ﬁ, which arise from single occupancy of the
antibonding y5p orbital in (Vab)2(y4b)?!. This result will be required in Section
14-3.

More elaborate definitions of atomic orbital charges, bond-orders and valence-
bond weights are needed if atomic orbital overlap integrals are included in
normalization constants and orthogonality relationships. These are not required for

the considerations of this book.
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CHAPTER 4
VALENCE-BOND STRUCTURES FOR SOME DIATOMIC MOLECULES

4-1 MOLECULAR ORBITAL CONFIGURATIONS FOR HOMONUCLEAR DIATOMIC MOLECULES

We shall now generate valence-bond structures for some diatomic molecules and
ions that involve atoms of first-row and second-row elements. To do this we shall
use their molecular orbital configurations together with the prototype valence-bond

structures of Table 3-2. Green and L:i.rmet:t:‘I

were the first workers to adopt this
approach to the construction of valence-bond structures, and they have described
many of the valence-bond structures that we shall generate here. We shall restrict
our attention to the molecular orbitals that are constructed from the valence-shell
2s and 2p or 3s and 3p atomic orbitals, and for simplicity in the molecular orbital
notation, neglect any hybridization that may occur between s and po (= p,) atomic
orbitals. In Figs. 4-1 and 4-2 we display schematic contours for the molecular
orbitals that may be constructed from 2p atomic orbitals, and the n = 2 molecular
orbital energy levels for homonuclear diatomic molecules. To construct the ground-
state molecular orbital configuration, we feed the electrons into the lowest-energy
molecular orbitals and restrict the maximum orbital occupancy td two electrons. If
only two electrons are to be allocated to a pair of degenerate molecular orbitals
(for example, the antibonding n; and 11; molecular orbitals of 02), t;hen the lowest-
energy arrangement for these electrons occurs when each orbital is singly occupied

with parallel spins for the two elec-

@‘@@'@ 0‘2p trons. In Table 4-1, we have listed

the valence-shell molecular orbital

@ @@ @ configurations for the ground states of

@@@ o2p a number of homonuclear diatomic
*
@ & "
* *
': T x Ty
® @ / D
' CED y
m y
x
©) +\ - .
X o 2s
Figure 4-1 sshematic contours for o2p, Figure 4-2 Energy levels for n = 2
o 2p, Ty and my, molecular homonuclear molecular

orbitals. orbitals.
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systems that are formed from atoms of first-row elements, the molecular orbital

bond-order (Section 3-9), and the resulting valence-bond structure.

4-2 Li,, Be,, N,, F, AND 03"

For Li, and Be,, the molecular orbital configurations of Table 4-1 generate
the valence-bond structures Li—Li and:Be Be;,which have one and no covalent
bonds, respectively. In contrast to what is the case for Li,, the diatomic molecule
Be, does not exist as a stable species. For N, and F,, we obtain the Lewis octet
structures (namely IN==N:and ::EE—:!'::) from the molecular orbital configurations.

2=

These structures have triple and single bonds respectively. The pe(r?xide anion O

is isoelectronic with Fy, and its valence-bond structure( :):o.—.o.:also involves a
single bond. The bond-lengths* for F2 and o%_ are 1.43 and 1.48 11 - both of which
are appreciably longer than the 1.10 A for the triple-bonded N,. These lengths for
the single-bonds of F, and o%_ are also much shorter than the 2.67 10; for the single-
bond of Lijy. No doubt this reflects (at least partially) the different nature of
the atomic orbitals that are used to form the bonds, namely (primarily) 2s for Li,

and 2po for F, and Og_-

02s o*2s  my my o2p ™ y o*2p n
Li, 2 1 Li e=——Li
Be, 2 2 0 :Be Be?
B, 2 2 1 1 1 B B:
C, 2 2 2 2 2 iIC==cC:
N, 2 2 2 2 2 3 N Ns¢
X o X
0, 2 2 2 2 2 1 1 2 Q=302
X X
o)+ 2 2 2 2 2 2 2 10 ==0:
0 . .
02, F, 2 2 2 2 2 2 2 1 —_—0: , F—F:
1,
(’3{2) o (+>‘</z)
()4 2 2 2 2 2 1 2.5 0 =—=0:
%) (4)
0; 2 2 2 2 2 2 1 1.5 :x ) x:

Table 4-1 Molecular orbital configurations and valencebond* structures for+diatomic
molecule ground-states, and an 0,y excited state (02). (For 02, 0, and 0;,
degenerate configurations are not reported here. See also Fig. 4-3).

+ Bond-lengths for diatomic species are taken from Ref. 2.
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4-3 0,, 03, 07 AND 03~

Molecular oxygen has 12 valence-shell electrons. The ground-state molecular
orbital configuration involves single occupancy for the degenerate u; and n;
antibonding molecular orbitals, with parallel spins for the two electrons as is
shown in Fig.)f-3. The resulting valence-bond structure of Table 4-1, (namely
:(:J—:—é:, or :g—g—(}:: if the two antibonding w-electrons have s, = +% quantum
numbers), has a double bond which consists of an electron pair o-bond + two Pauling
"3-electron w-bonds". This type of valence-bond structures shows more clearly than
does the Pauling structure of Figure 2-1, (namely 30%2%0:), that the double bond of
O, involves only four bonding electrons.

The 0-0 bond-length of 1.207 i for the O, ground-state is similar to the
standard N-O and C-0 double-bond lengths of 1.21 Z for each of CH3N=—=O0 and H,C=—=O,
and intermediate between the single and triple bond-~lengths of 1.43 Z and 1.10 g for
F, and Nj.

In Table 4-1, the valence~-bond structures for O;, (DY 05 and og_ have 2%, 2,
¥ and 1 covalent bonds respectively, which reflect the trend observed for the bond-
lengths, namely 1.12, 1.21, 1.30 and 1.49 ;. The molecular orbital configuration
and valence-bond structure are also reported in Table 4-1 for an O, excited state in
which one of the antibonding n* molecular orbitals is doubly-occupied and the other
is vacant. The valence-bond structure for this state, namely :8:8: , involves a
standard double bond, i.e., electron pair o- and m-bonds. 1Its bond-length of 1.22 ;
is slightly longer than that of the ground-state. The paramagnetism of the ground-
states for Oy, o; and 0;, which is a consequence of the presence of unpaired spins
(i.e. S = 1 0or%), is implied by the nature of the electron spins in their valence-
bond structures.

In Fig. 4-3, the molecular orbital occupancies that arise from the presence of
two antibonding m* electrons are displayed, together with a more complete

formulation of the wave-functions for these two electrons.

* (2
ﬂ;(l)ﬂ;(Z) + ﬂ;(l)ﬂy( )

= — %

ﬂ;(l)ﬂ;(Z) Tf;(l)‘ﬂ;(Z) ﬂ;‘((l)'ﬂ;(2) + ﬂ;}(l)ﬂ;(2)

4 — - — N

TT;‘((l)TT;(Z) - ".;(l)'n;(z)

noo4 4+

Figure 4-3 (11*)2 configurations.
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4-4 CN~, co aNp No*

The heteronuclear species CN , CO and Not are isoelectronic with N,, and
therefore their molecular orbital configurations and valence-bond structures should
be similar to those for N,, but with some polarity for their molecular orbitals.

From the molecular orbital configurations, it is easy to generate the valence-bond
(=) (=) (+) (+)
structures (C==N., :(C==O0! and !N==O0. if it is assumed that bonding electrons are
o
shared equally by each pair of atoms. The bond-lengths of 1.15, 1.10 and 1.06 A for
o
CcNT, N2 and N0+ are respectively 0.12, 0.14 and 0.15 A shorter than estimates of
o
1.27, 1.24 and 1.21 A for C—=N, N——N and N—=0 double bonds, and it is probably
reasonable to assume that the triple-bonded structures are the primary valence-bond
structures for each of these three species. However for CO, the bond-length of 1.13

o o

A is only 0.08 A shorter than the length of a C——0 double bond, and this suggests
.. (=) (+)

that valence-bond structures such as (C=—O0: and :C=0: as well as :C==O0: have

appreciable weights. The importance of these double-bond structures for CO is that

they do not carry atomic formal charges, whereas such charges are present in
(=) (+)
«C=o:. The electroneutrality principle requires that the formal charges of atoms

in neutral molecules have small magnitudes, and the contributions to resonance from

the double-bond structures will assist this requirement.

4-5 NO AND SN

Each of NO and SN has 11 valence-shell electrons, as has the cation 0;
(section 4-3). The lowest-energy molecular orbital configuration for NO is the same

*
as that for 0;; that for SN may be written as (cs)z(cv"'s)2(<:vp)2(11),()2('lry)z(ﬂy)1 with

the sulphur atom using its 3s and 3p orbitals to form the molecular orbitals.
(=) (’:’:) (+‘3) (:*z)
The resulting valence bond structures for NO and SN are $N=2-=0% and $S=-Ng,

o
each of which has a Pauling "3-electron bond". The NO bond-length of 1.15 A is
o
intermediate between the lengths of 1.06 and 1.21 A for the N-O triple bond of no*t
and the double bond for CH3N——O0, and the Pauling "3-electron bond" structure for NO
(-i:) (t‘:)
is in accord with this observation; there are five bonding electrons in ;uio:.
(+)
o o

The bond-length of 1.50 A for SN is longer than the 1.44 A for !S=N:, thereby

reflecting the presence of five instead of six bonding electrons in the valence-bond
(+%) (=%)
. .

structure $S—==—Ng.
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4-6 S,, SO AND NO~

Each of S,, SO and NO~ has 12 valence-shell electrons. As occurs with the 0,
*

ground-state, the degenerate antibonding T, and n; orbitals for these molecules are
singly-occupied in the ground-state, with parallel spins for the two electrons.
- X X X X X X
Therefore, the O,, S,, SO and NO Valence-bond structures :0—2-0:, :s-9-s:, :s—Q—o:
“Ix 20 B2 x O x x O x " "x Ox
and :N—%—g: are similar, each having two Pauling "3-electron bonds" and a bond-order
x o
of 2. The bond-lengths for SO and S, are 1.48 and 1.89 A.
o o
For NO~, the estimate of 1.268 A for its bond-length is longer than the 1.21 A
for the N~0O double-bond of CH3N==0; the reason for this appreciable bond-length

difference is not apparent.

4-7 Cl0 AND FO

The molecular orbital configuration for the 11 valence-shell electrons of the

ClO ground-state is (os)z(a*s)z(op)2(nx)2(wy)2(n;)2(n;)1, from which the valence-
(%) ()
X X

bond structure :gl-—-gg may be generated with three bonding electrons. The cCl0

4
bond-length of 1.55 A is appreciably shorter than the Cl-0 single-bond length of
o
1.70 A for Clzo, thereby reflecting the significant development of a Pauling
"3-electron bond" for one set of m-electrons for ClO. Dimers of ClO are known, one

of which involves a weak bond between the oxygen atoms (Section 11-7). For FO, the
(+%) (2h)
X

valence-bond structure $E——0: may be similarly generated from its molecular orbital
configuration. However, in contrast to what occurs for C12°2' the dimer F,05 has a
strong O0-0 bond whose length of 1.217 g is almost identical to that of the double
bond for 0, (Section 2-3(b)). Presumably, the very electronegative fluorine atom
is not able to stabilize the Pauling "3-electron bond" of FO, and the valence-bond
structure :§-——éz with the odd-electron located in an oxygen atomic orbital provides
a better representation of the electronic structure. This is equivalent to saying
that the electronegativity of fluorine prevents it from acquiring a formal positive
charge of appreciable magnitude in a neutral molecule.

The results of recent calculations by Baird and Taylor3 show that as the
difference in electronegativity between A and B in the Pauling "3-electron bond"

structure i . i increases, the stability of the bond decreases.

4-8 ClF, AND SF3

For the radicals ch2 and SF3, valence-bond structures may be constructed by

bonding a fluorine atom to the Lewis octet structures for CI1F and SFz. This

leads to the development of a Cl-F and S-F Pauling "3-electron bond", viz



:F: :Fs :F:
A
2Cl——F: $Cl—F: :Cl Fs
and
@ )
:Fe :F2 :F:
> = .

g we s
~~r N S~

It is assumed here that a chlorine or sulphur 3prm orbital is used for the
O-bonding in the Pauling "3-electron bond" to form 90° bond angles. Distortion of
these angles away from 90° leads to spn hybridization for these orbitals. For
ClFZ' a bond-angle of 149° has been recently calculated4 using molecular orbital

5 for this angle is 136 * 15°, However, from

procedures - an experimental estimate
e.s.x. measurements, Morton, Preston and St:rach6 have concluded that SF3 is a planar
o-radical with two equivalent fluorine atoms. The resulting valence-bond structure
is then the planar version of that displayed above. More recently, Kiang and zare’
have described Pauling "3-electron bond" theory for SF3 and SFg, and assumed that

SF3 is non-planar.

4-9 N-H BOND-STRENGTHS OF NH3, NpH,4, NpH, AND HN, =+ H + Ny

For a number of polyatomic systems with diatomic Pauling "3-electron bonds",
Baird has described some interesting applications of Pauling "3-electron bond"
theorye'g. We shall describe two of them here.

For the reactions NH3y » NHy + H', NyHy » NpHy + H and NyH, » NpH + H, the
(calculated) N~H bond dissociation energies ((De) are 435, 343 and 255 kJ mol-1.
The dissociation of NH3 leaves the odd-electron of NH, located in a nitrogen atomic
orbital. However, for each of NZH; and Nzﬂ., the odd-electron may be delocalized
between two nitrogen atomic orbitals, thereby leading to the development of N-N

Pauling "3-electron bonds" as follows:

(+) (=) (+1) (%) . . (+) (2) (+3) (%)
H,N—RNH «» H,N—NH = H,N—-NH HEN—N: E N3

The N2H;l and Nzﬂ. radicals are thereby stabilized relative to nzﬁ—-im and

Ll
n'ﬁ-—il: as dissociation products, with the odd electron located in only one nitrogen
atomic orbital. Consequently, the N-H dissociation energies for NoH, and NoH, are

smaller than for NH3.
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If the electronic structure for the ground-state of HN, is represented as

(#) (%)
HEN==N:, then the breaking of the N-H bond would generate an excited state of N,,
(+’3) (:‘!) . ('+’.1) (:’:)

i.e. HN=>N$ + H + eN==N: .

To obtain the N, ground-state ($N==N?) as a dissociation product, it is
necessary to consider another configuration for NZH., namely that obtained when the
antibonding N-N m-electron of HN——N: is transferred into the antibonding N-H
o*-orbital which is vacant in this structure. The molecular orbital configuration

(+tz) (:1:)

. i — 2 2% |1 *
for the relevant electrons of HN=—N: is Yy, = (°NH) ("NN) (‘llNN) . When the TON

*
electron is transferred into the ONH orbital, the configuration ¥, =
*
(°NH)2(°NH)1("NN)2 is obtained. The latter configuration generates the valence-bond

(=) (+)
structure H o N==N: with an N-H Pauling "3-electron bond". This structure can

dissociate to generate B + IN==NS.

To describe the course of the reaction as the N-H bond is stretched, it is
necessary to invoke configuration interaction (Section 3-3), i.e. to construct the
linear combination ¥ = C.¥, + Cp,¥,. When r(N-H) is close to the equilibrium bond-
length, ]C1l>> |C2| . As the N-H bond is stretched, the N-H overlap integral is reduced
in magnitude, and therefore the vacant o;H orbital of ¥, becomes less antibonding.
This enables the energy separation between ¥, and ¥, to become smaller, thereby

reducing the magnitude of C,/C,. For large r(N-H),]Czl >->]C1l, i.e. ¥, is the

predominant configuration, which leads to the formation of B + N N¢ as dissocia-

tion products when r(N-H) = . The reaction is calculated tc be exothermic, but a
kinetic stability is associated with NZH. because energy is required to stretch the

N-H bond of configuration ¥,. (=) (+)

similar types of descriptions of the dissociations RCO + R + and
(=) (+)

CH,CO ~+ CHy(s = 1) + 3C==o0!have also been described by Baird®.
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CHAPTER 5
PAULING “3-ELECTRON BONDS” AND HYPOLIGATED TRANSITION METAL COMPLEXES

Although it is currently not well-recognized, there exists a considerable
number of transition metal complexes for which Pauling "3-electron bond" theory is
of relevance. In order to illustrate this theory, consideration will be given here

to descriptions of the electronic structures for a number of octahedral complexes.

5-1 HYPOLIGATED AND HYPERLIGATED TRANSITION METAL COMPLEXES

The low-energy valence-shell atomic orbitals for the transition metals are the
five (inner) (n-1)d orbitals and the ns and three np atomic orbitals. (For atoms of

first-row transition metals Sc,...,Cu, these are the 3dxz_yz, 3dz" 3dxy' 3dxz,

3dyz' 4s, 4py. 4py and 4p, orbitals; contours for 3d orbitals are displayed in Fig.
1-1.) Paulinc_;1 has classified transition metal complexes of the general type MLN
(M = transition-metal ion, L = ligand, N = number of ligands) as either hyperligated
or hypoligated according to whether or not there are sufficient valence-shell
orbitals on the metal ion to form N electron-pair M-L oc-bonds. Thus the isoelec-
tronic ions co3* and Fe?* of [Co(NH3)g) 3+, [coFrg) 3= ana [Fe(H,0)¢] 2+ have (34)°
valence-shell configurations. However, magnetic susceptibility measurements for
the three complexes indicate that the distributions of the six electrons amongst
the 3d orbitals of the metal ions must differ. To account for the observed magnetic

moment of zero1 for [CO(NH3)6] 3+, it is necessary to assume that the three t2g

3+

orbitals (4 da and dyz) of Co are doubly-occupied (Fig. 5-1(a)),thereby

xy’ “xz¢

generating a low-spin (S = 0) complex. The vacant eg orbitals (dxz_yz and d,2) and

the 4s and 4p orbitals may be hybridized to form six octahedral (dzsp3) hybrid
orbitals. These orbitals are available for coordination with the six NH3 ligands,
so that six Co~N electron-pair o-bonds may be formed, as is shown in valence-bond
structure (1). Because there are sufficient valence-shell orbitals of low-spin co3t
to form six electron-pair Co-N bonds, [Co(NH3)6] 3+ may be classified as a
hyperligated complex.

Isoelectronic [Fe(Hzo)d 2+ and [COF6] 3- are paramagnetic complexes with
magnetic moments of 5.3 Bohr magnetons1; the "spin-only"” formula for the magnetic
moment /m generates a magnetic moment of 4.9 Bohr magneton when the number of
unpaired-electron spins (n) is four. Therefore, each of these complexes is assumed
to have this number of unpaired-electrons with parallel spins. The 3d-orbital

occupations for the Fe?* and co3* ions are then those that are displayed in Fig.
5-1(b), and a high-spin (S = 2) complex is thereby generated. Because each of

[Fe(ﬂzo)al 2+ ana [COFG] 3= has insufficient valence-shell orbitals to form six
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(a) Co3+ (s =0) dzsp3 hybridization
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(d) Co2+ (s = 3/2) d25p3 hybridization
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(e) Fe3+ (s = 5/2) d25p3 hybridization
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Figure 5-1 oOrbital occupancies for some transition-metal ions (L = ligand).

electron-pair bonds between the Fe

2+ and Co3+ and the ligands, these complexes are

classified as hypoligated complexes1.

For hypoligated complexes, either of the following valence-bond procedures is

sometimes used to describe the metal-ligand o—bondingzz

(i)

The outer 4dx2-y2 and 4d,, orbitals are hybridized with the 4s and 4p
orbitals to form six octahedral (5p3d2) hybrid orbitals as shown in Fig.
5-1(b). These hybrid orbitals may be used for coordination with the six
ligands to form six electron-pair M-L g-bonds as in valence-bond

structure (2). This approach may be criticized, because the 4d orbitals
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lie too high in energy for them to be utilized in bonding to any

significant extent.

(b) The vacant 4s and 4p orbitals, when suitably hybridized (i.e. as sp,, Py
and p,, SPys Py and p,, and sp,, py and py)’ may be used to form four
electron-pair M-L bonds as in (3). It is then necessary to invoke
resonance between a set of 15 valence-bond structures of type (3), which

differ in the locations of the four M-L o-bonds.

L L=NH3 L L=H20 L L=H20
L\.:clo.‘.‘/L L ~X F{x (L L\:F{x‘/L
L/ t\L L/';<1X‘\|_ L: °-tx L

L L L

(1) (2) (3)

In contrast to what obtains for the above valence-bond descriptions of
[CO(NH3)6]3+, [C0F6]3' and [Fe(ﬂzo)6]2+, the simplest molecular orbital descriptions
for both complexes use the same set of metal-ion orbitals for bonding, namely the
inner 3dxz_yz and 3d,. orbitals as well as the 4s and 4p orbitals. For
[c0(Nﬂ3)6:|3+, the six non-bonding tZg orbitals are doubly occupied and all molecular
orbitals that are M-L antibonding are vacant. By contrast, two antibonding M-L
molecular orbitals and two t2g orbitals are singly-occupied for the LC0F6]3-
complex3. The atomic orbitals for these molecular orbital schemes have also been
used in the above valence-bond description for [CO(NH3)6]3+,' they may also be used
to provide a valence-bond description for [C0F6]3~ or LFe(H20)6]2+ if we avail

ourselves of Pauling "3-electron bonds"?.

5-2 PAULING "3-ELECTRON BONDS"™ AND THE ELECTRONIC STRUCTURE OF [re(nzo)s]z"'

For the purpose of bonding to the NH3 ligands of [co(NH3)6]3+' the co3?t is

3 hybrid orbitals from the 34

2+

assumed to form six dzsp x2-y 2¢ 3dz 2, 4s and three 4p
orbitals. For [Fe(H20)6]2+, we allow the Fe to form a similar set of hybrid

orbitals. However, in contrast to what is the case for 003+

2+

in [Co(NH;) ]3+, two of
3’6

these orbitals for Fe are singly-occupied, and four are vacant as is shown in Fig.

5-1(c). The latter four orbitals are available to form four electron-pair o-bonds

2+

between the Fe and four H,0 ligands. The two singly-occupied dzsp3 orbitals are

available to form two Pauling "3-electron bonds" when these orbitals overlap with
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Figure 5-2 Ooverlap of metal-ion and ligand atomic orbitals for g- and wm-type
Pauling "3-electron bonds" of [Fe(ﬂ20)6]2+ and [Fe(H20)6]3+.

oxygen lone-pair orbitals, as is shown in Fig. 5-2(a). Two valence-bond structures are

(=) (+)
possible for each of these two FeOH, linkages, namely Fee $0H, and Fe «OH, and
resonance between them generates a Pauling "3-electron bond". Thus, we may write

(=) (+)
Fee 20H, > Fe <OH, = Fee ¢ *OH, or Fe o 6H2. The resulting valence-bond

structures for the [Fe(H20)6]2+ complex are of types (4) and (5), in which the
singly-occupied orbitals have (s,) spin quantum numbers of +1/2. Altogether, there
are 15 valence-bond structures that differ in the locations of the Fee ¢ «OH, and
Fe ¢~OH, linkages, and all will contribute to the valence-bond resonance description

of the complex. Similar types of valence-bond structures are also appropriate for

[C0F6]3'.
L L=Hy0 L L=Hp0
LQF‘:‘(‘/L I-\x*..F)o:a X -
L O’E.tx ° L L= INL
L L

(4) (5)

5-3 METAL-ION SPIN-STATE AND METAL-LIGAND BOND-LENGTHS

The nature of the spin-state of the metal ion may be reflected in the metal-
ligand bond-lengths of the MLy complex. This is well-exemplified for the hyper-
ligated and hypoligated complexes [CO(NH3)6]3+, and [CO(NH3)6]2+, which have
respectively low-spin (3@)® ana high-spin (3a)7 configurations for the co3t and co?*t
ions. The Co-N bond-lengths for these complexes are 1.94 1; and 2.11 11 respec-
tively5'6. In Section 5-1, we have shown that the valence-bond description for the

Co(III) complex permits the formation of six electron-pair Co-N o-bonds, as in (1).
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For the high-spin Co(II) complex, the orbital occupations for co?*

displayed in Fig.
5-1(d) require that six NH, ligands form four Co-N single-bonds, and two Pauling
"3-electron bonds" with bond-orders of 0.5. The resulting valence-bond structures
for [Co(NH3)6]2+ are of type (6), and the average Co-N o-bond order of 5/6 is in
accord with the longer Co-N bonds for this complex relative to those of low-spin

3+
[co(nuy) 1 ™.

- 5L L=H0
L L=NH3 L L=H0 °
‘ X0 ‘ oc< >|f° xLo
L X ¥ X b
L\~xc ../L \Fe/ \ /
xCox XFEx + Fe“x
x © e O xi Lx © X ° X * L xAx Oy
L t L* XL
L
L éL
(6) (7) (8)

For high-spin [Fe(H20)6]2+, with valence-bond structures of types (4) and (5),
the average Fe-O bond-order is also 5/6, and therefore it is not surprising that the
Fe-0 bond-lengths’ of 2.12 A are similar to those of high-spin [Co(NH3)6]2+. By
contrast, the Fe-O bond-lengt:hs8 of 1.99 ; for high-spin [Fe(ﬁ20)6]3+ are appreci-
ably shorter. For this Fe(III) complex, the Fe3* orbital occupations are displayed
in Fig. 5-1(e) and the valence-bond structures of type (7) also generate Fe-O O-bond
orders of 5/6. We may account for the shorter Fe-O bonds in this complex by noting
that the Fe3+ ion is more electronegative than the Fez+ ion. The effect of this
should be to induce a significant amount of delocalization of oxygen lone-pair
electrons from hybrid orbitals which overlap with the singly-occupied tzg orbitals
of Fe3*. The orbital overlap is displayed in Figure 5-2(b). This delocalization
will lead to the formation of Pauling "3-electron bond" Fe-0O n-bonds, and thereby
increase the Fe-O bond-orders above the value of 5/6 that pertains for the
o-bonding. In the [l.“e(!-120)6:|3+ valence-structures these m-bonds should be best
developed between pairs of atoms that are linked by Pauling "3-electron bond"
o-bonds, as in (8), in order that the oxygen atoms do not acquire formal charges
greater than unity. Thus, to satisfy this requirement, we have indicated only two
w-bonds in (8), although on overlap considerations, three are possible. The average
Fe-O bond-order for (8) is unity, but because part of the contribution arises from
the m-bonding, it is not surprising that the Fe-O bond-lengths for [Fe(H2°)6]3+ are
longer than the estimate9 of 1.92 i for the length of an Fe~-0 g-single bond. For
the Co(II) and Co(III) complexes, the NHj ligands have no lone-pair electrons

available for Co-N m-bonding.
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5-4 INTERCONVERSION BETWEEN HYPOLIGATED AND HYPERLIGATED ELECTRONIC
STATES

The Pauling "3-electron bond" theory of hypoligation has very wide applica-
bility. All a%-a® transition-metal complexes of the type MIN will involve one or
more Pauling "3-electron bonds" in their valence-bond structures if the metal-ion
has insufficient vacant inner d and valence-shell s and p orbitals available to form
N electron-pair M-L o-bonds with the N ligands. In Table 5-1, we have classified
the q4-a° octahedral MLG complexes according to the spin-states of the transition-
metal ionsrand the number of electron-pair bonds and Pauling "3-electron bonds".
Fairly obviously, octahedral d4-d6 complexes that do not require Pauling "3-electron
bonds" may be classified as hyperligated. Excited hypoligated states may be
generated for such complexes by promoting one or more non-bonding tzg electrons into

*
antibonding oML orbitals that are vacant in the hyperligated ground-states. 1In
Section 3-6, we have deduced that two bonding + one antibonding electron (i.e.
(cJML)z(aLL)1 here) is the molecular orbital formulation of a Pauling "3-electron
bond". Conversely, a °:4L > t2g excitation will convert? high-spin a?* and inter-
mediate-spin d® and d® octahedral complexes (each of which has one Pauling "3-

electron bond") into hyperligated excited states.

number of bonds

configuration spin-state electron-pair "3-electron"
a* high (S = 2) 5 1
a, d® a’, &  nigh (S = 5/2, 2, 3/2, 1) 4 2
dé, & intermediate (S = 3/2, 1) 5 1
d low (S = 1/2) 5 1
& (s = 1/2) a 1

Table 5-1 Metal ion configurations and M-L o-bond types for MLg complexes that can
‘involve Pauling "3-electron bonds".

5-5 METAL-LIGAND %X-BONDING AND PAULING "3-ELECTRON BONDS"

A number of paramagnetic transition metal complexes must involve Pauling
"3-electron bonds" for them-electrons only. We shall consider one example here,
namely the Fe(VI) tetrahedral anion Feoﬁ'. This anion may be considered to involve
Fe6+ (3d)2 bonded to four 02_ ligands. In a tetrahedral environment, the lowest-
energy 3d orbitals are dxy and dyz’ which are degenerate. Consequently, the (3a)2
configuration of lowest energy is an S = 1 state, with the two electrons occupying

these orbitals with parallel spins. Magnetic susceptibility measurements?

this assignment of anS = 1 spin-state for Feo%'.

support
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2+

The remaining seven valence-shell orbitals of Fe“" are vacant, and they are

available for coordination with the 02— ligands. Tetrahedral hybridization of the

4s and 4p orbitals may be used to form four Fe-O g-bonds, as in (9). Two strong

electron-pair w-~bonds may also be formed by overlapping the doubly-occupied 2pm (or

+

2pm) orbitals of the 0~ with the vacant eg orbitals', to give valence-bond struc-

tures of type (10). 1In (10), the unpaired electrons are localized in the dxy and

dyz orbitals and the formal charge on the Fe is zero. 2ero formal charge on the Fe

may also be obtained by forming one Fe-O electron-pair n-bond and two Pauling
"3-electron bonds" of m~ or T-type, as in (11). The unpaired electrons are then
delocalized over all atomic centres. Both (10) and (11) involve Fe-O double-

bonding, and therefore account for the observation that the Fe~0 bond-lengths of

)12 9

o o
1,656 A (as in K,FeO, are much shorter than the estimate” of 1.92 A for the

length of an Fe-O single bond.

s 3 xOx
T, i }
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CHAPTER 6
PAULING “3-ELECTRON BONDS“, S5-ELECTRON 3-CENTRE BONDING
AND SOME TETRA-ATOMIC RADICALS

Valence-bond structures with Pauling "3-electron bonds" between pairs of atoms
may be written down for a number of triatomic radicals. Here we shall examine these
types of structures for some radicals with either 17 or 19 valence-shell electrons.
For these systems, it is necessary to write down two Pauling "3-electron bond"
structures, which participate in resonance. The delocalized molecular orbital
equivalent of this resonance involves the construction of three 3-centre molecular

orbitals to accommodate five electrons; this is described in Section 6-4.

6-1 No,

Nitrogen dioxide with 17 valence-shell electrons is perhaps the most familiar
triatomic molecule for which Pauling "3-electron bond" theory is appropriate.
E.s.r. measurements indicate that the odd electron is delocalized over the three
atomic centres; estimates of the nitrogen and oxygen odd-electron charges are (Table
6-1) 0.52 and 0.24, respectively. (For the purpose of qualitative discussion, we
shall approximate these charges to 0.5 and 0.25). Each of the N-0 bonds of NO, has
a lengt:h1 of 1.19 1‘; and the O-N-O bond angle ist' 134°. These observations suggest
that resonance between the Lewis structures (1)-(4) is needed to account for the

location of the odd-electron on all three atoms and for the equality of the N-O

No, (o) 0.52() No3™ (v)  0.80(P)
co; (o) 0.65(P) clo, (v) 0.59(3)
BF, (o) 0.93(c) NF, (m) 0.95(@),0.77(d)
0; (o) 0.58(P) PF, (r) 0.91(d
so; (m) 0.74(P) pc1, (v) 0.81(d

Table 6-1 E.s.r. estimates of A-atom odd-electron charges (pA) for AY, radicals.
(a) H.J. Bower, M.C.R. Symons and D.J.A. Tinling, in Radical Ions (E.T.
Kaiser and L. Kevan, eds., Interscience, New York, 1968) Chapter 10; (b)
M.C.R. Symons, Chem. Soc. Specialist Reports., E.S.R. 3, 140 (1974); (c)
W. Nelson and W. Gordy, J. Chem. Phys., 51, 4710 (1969); (d) M.S. Wei,
J.H. Current and J. Gendell, J. Chem. Phys. 57, 2431 (1972). For reasons
that are discussed in Ref. (d) the experimental estimates of the spin
densities (which we have equated to the odd-electron charges) rarely add
exactly to unity. However we shall make the simplifying assumption that
they do, i.e. assume that pp t 2°Y = 1 with the Pa given in this table.
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bond-lengths. If it is assumed that each of (1)-(4) makes the same contribution to
the resonance, then the nitrogen and oxygen odd-electron charges are 0.5 and 0.25,
respectively. The relevant atomic orbitals that are occupied by the odd-electron

are the oxygen 2pm orbitals and the nitrogen hybrid orbital displayed in Fig. 6-1.

Figure 6-1 Atomic orbitals involved in the formation of Pauling "3-electron bonds"
for NO, and 03.

The e.s.r. measurements indicate that the nitrogen orbital has 2s as well as 2p

character, and therefore this orbital is a hybrid orbital.

o o 0 He)
\ (+) \\ \ (+) \

Ne —=—» NS ~+— Ne ~— NS
S/ / /
Os O. (1o} Q.

0 (1) (2) (3) (4)

By utilizing Pauling "3-electron bonds", we may reduce the number of valence-
bond structures that we need to write down from four to two. Thus the resonance

between Lewis structures (1) and (2) generat:es2

the Pauling "3-electron bond"
structure (5). Similarly, we may summarize resonance between Lewis structures (3)
and (4) by writing down the Pauling "3-electron bond" structure (6). Therefore
resonance between (1)-(4) is equivalent to invoking resonance between (5) and (6).

When we introduce the Green and Linnett representation3

for the Pauling "3-electron
bond" (i.e. A » B instead of Ae + +B) we obtain valence-bond structures (7) and (8)
for NO,. If we assume that the odd-electron has an s, spin quantum number +1/2, the

Green and Linnett valence-bond structures become those of (9) and (10).
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As does resonance between valence-bond structures (1)-(4), these Pauling
"3-electron bond" structures account qualitatively for the distribution of the odd
electron of NO,, and for the equality of the N-O bond-lengths. They are also in
accord with the observation that the N-O lengths of 1.19 ;\ are intermediate between
those for No}” (1.15 1‘;)4 and NOE (1.24 l‘;)s, as are the bond-angles (N02, 134°; No;l
180°; NOE, 115°). The Noz and NOE ions have, respectively, 16 and 18 valence~
shell electrons, and standard Lewis structures for them are those of (11) and (12)
with eight and six N-O bonding electrons, respectively. The NO, valence-bond
structures (7) and (8) (or (9) and (10)) each have seven N-O bonding electrons.
Thus, as one proceeds from NOE to NOE, the number of bonding electrons in these
valence-bond structures decreases and the N-O bond-lengths increase. Similarly, the
O-N-O bond-angle closes as the number of nitrogen non-bonding electrons in the

valence-bond structures increases from 0 for NOE to 1.5 for NO,, to 2 for NOE.

+) (+) (+) (+) ) (3 (+) (+)
J o e oo e—
20=——N 0: «—> O—=——N=—TQ: «—> W=N—"0: <> 0 —N==0:
(11)
.'0-. .b-. e One NO, bond-property is not accounted for by
..
\ \ means of the Pauling "3-electron bond" structures (7)
NS Ne and (8) (or (9) and (10)). The N-O bond-lengths of

.
o 4
/ / 1.19 A are similar to Pauling's estimate of 1.20 A for
C

o
an N-O double bond (c.f. 1.214 A for Cﬂanﬂ)6.

(3

(3] However, resonance between structures (7) and (8), each
(12) of which has seven bonding electrons, would imply that

the N-O bonds for NO,; should be longer than double

bonds. To obtain an additional bonding electron in each structure, it is necessary

to utilize the "increased-valence" procedures* described in Chapters 11 and 12.

t In Section 6-1, we have followed convention by assuming that (1) and (3) are the (see next page)
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6-2 CO; AND BF,

The anion COE is isoelectronic with NO,. E.s.r. measurements (Table 6-1)
indicate that the odd-electron of COE is more located on the carbon atom than is the
odd-electron of NO, located on the nitrogen atom. Estimates of the carbon and
oxygen odd-electron charges are 0.65 and 0.175. These charges imply that valence-
bond structures (13) and (14) for COE (with the odd-electron located on the carbon
atom) make a larger contribution to the ground-state resonance than do (1) and (3)
for NO,. This is in accord with what one may deduce from elementary electro-
negativity considerations; Lewis structures (15) and {16) with negative formal
charges on the carbon atoms should be of higher energy than are (13) and (14).
Therefore, the weights for (13) and (14) should be rather larger than are those for
(15) and (16). Resonance between (13)-(16), with weights of 0.325, 0.325, 0.175 and
0.175 for these structures, will generate the carbon and oxygen odd-electron charges
of 0.65 and 0.175. The resulting formal charges for the Pauling "3-electron bond"

structures are those of (17) and (18).

(8] (-0 65)

A \(_*\ N N o
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(13) (14) (15) (16) (17) (18)

The BF, radical is also isoelectronic with NOj. E.s.r. studies of BF, locate
the odd-electron primarily in a boron hybrid atomic orbital (Table 6-1). The Lewis
structure (19), with zero formal charges on all atoms and the odd-electron located
on the boron atom, is in accord with this observation. Because of the unfavourable
formal charge arrangements for structures (20) and (21) - each involves F' and B~ -
the contribution of these structures to the ground-state resonance must be small,
i.e. (19) is the primary structure and little development of a Pauling "3-electron

bond" must occur for the BF, radical.

(continued from previous page) primary valence-bond structures fha‘r locate the odd electron on the

nitrogen atom of NO,. Another valence-bond structure, namel /" wH’h a "long" 0-0 bond, also
o————o

locates the odd electron on the nitrogen atom. The absence of a‘romtc formal charges for It suggests that

it may also be an Important valence~bond structure, and the results of quantum-mechanical valence~bond

calculaﬂons7 lend support to this hypothesis. In Section 11-8, "increased-valence" structures are

described for NO, 7 these structures summarize resonance between seven Lewis structures, five of which

are (1)-(4) and this "long-bond" structure.
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6-3 TRIATOMIC RADICALS WITH 19 VALENCE-SHELL ELECTRONS: O;, SO;, NF,
AND 0102

Valence-bond structures with Pauling "3-electron bonds" are also appropriate
for a number of radicals with 19 valence-shell electrons®, as our first example, we
shall examine the bonding for the anion o;. The Pauling "3-electron bond" struc-
tures (22) and (23) for this radical summarize resonance between Lewis structures
(24) and (26),and (24) and (25), respectively. The latter three structures locate
the odd-electron on one of each of the three atoms. E.s.r. measurements (Table 6-1)
indicate that the odd electron is delocalized over all three atoms, and that it

occupies the 2pw-type atomic orbitals of Fig. 6-1.

(3] (%) (2] (3]

:3)‘-\ :b'-\ :,"-\ o 0
*0: (%) * :H%) -O:H > \:O= <——'->\:0:

g ./ / / /

NoN o : o o .
() ot 24 e O

(22) (23) (24) (25) (26)

A similar valence-bond representation pertains for the anion SOE, with a
sulfur atom replacing the central oxygen atom. It is also appropriate for the anion
Noz', when N('L’) replaces 0(”’) in (22) and (23), and N and N replace the ot ana
(central) O atom of (24), (25) and (26). Formal charge considerations suggest that
the odd-electron should be more located on the terminal oxygen atoms of 0; and SOE,
than it is for Nog-, and the e.s.r. estimates of the odd-electron charge on the
central atom (Table 6-1) are in accord with this expectation. For NF, and PF,, the
three Lewis structures that are equivalent to (24), (25) and (26) are (27)-(29)
(with A = N or P), and the absence of an unfavourable formal charge distribution in

(27) suggests that this structure is the most important. As is the case for BF,,
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little development of the Pauling "3-electron bonds" is expected for NF, and PF,,
i.e. the odd-electron is located primarily (but not completely) in a nitrogen or
phosphorus atomic orbital; e.s.r. estimates for the boron, nitrogen, and phosphorus
odd-electron charges for these radicals are (Table 6-1) 0.93, 0.95 or 0.77, and
0.91.

(x)
-
o
D
m
o
oo,
m
o

‘Al &> A} > :A:

°® . 0 (+)
(27) (28) (29)

For ClO,, the Pauling "3-electron bond" structures are (30) and (31), if only
the chlorine 3s and 3p orbitals are utilized for bonding. These structures involve
large formal charge separations. They may be reduced in magnitude by allowing the
chlorine 3d orbitals also to participate in bonding. We thereby obtain (32) and
(33) as the Pauling "3-electron bond" structures. In Section 11-8 an alternative
"increased-valence" procedure is used to reduce the formal charge separations of
(30) and (31). The e.s.r. measurements (Table 6-1) indicate that the odd-electron
of Clo, is delocalized over the three atomic centres, with a chlorine odd-electron
charge of 0.59, and therefore Pauling "3-electron bonds" are appropriate for any

valence-bond structure for this radical.

L %)

LA A . .
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FA) (30 NEE %) (32 (33)

6-4 3-CENTRE MOLECULAR ORBITALS AND PAULING "3-ELECTRON BONDS"

If we designate the three atomic orbitals of Fig. 6-1 for NO, as y, a and b,
then we may construct the delocalized molecular orbitals of Eqn (1) from them, for
which k1 and k3 are constants, both > 0 and related through the requirement that L
and y3 must be orthogonal. (These molecular orbitals are formally identical to

those of Section 2-3).
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With respect to each pair of nitrogen and oxygen atoms, molecular orbitals Vi,
V¥, and V3 are respectively bonding, non-bonding and antibonding. With respect to
each of the Pauling "3-electron bond" structures (7) and (8), and (17) and (18),
five electrons are associated with the y, a and b atomic orbitals of Fig. 6-1.
‘Therefore, for the delocalized molecular orbital description of these electrons,
orbitals ¥, and wz are doubly-occupied, and W3 is singly-occupied. The molecular
orbital configuration for the 5-electron 3~centre bonding unit is then
(w1)2(w2)2(w3)1. We shall now deduce? that use of this configuration is equivalent
to invoking resonance between the Pauling "3-electron bond" structures that have

been referred to above; in general terms, we may write

) ———n—

2
n—— (¥y)
w2 2

>x

_ — X X X
Y A B - Y A o B > Y o

when Y and B are equivalent atoms.

To provide a simple demonstration of this equivalence, it is only necessary to

show that the molecular orbital configuration (w1)2(02)2(w3)1 may be expressed as a

linear combination of the configurations (y)z(a)z(b)1, (y)z(a)1(b)2 and (y)1(a)2(b)2

e L3 L3 . . [ [ . .
for the Lewis structures Y A B, Y A B and Y A B. This is because

resonance between the Pauling "3-electron bond" structures ? i « B and i . i B
is equivalent to resonance between ? i g, ; : i and i 'y H. We may write
(01)2(W2)2(W3)1 as W%wﬁwgwgwg, in which a and B are the spin wave-functions for
electrons with s, spin quantum numbers of +1/2 and -1/2, and the odd-electron is
assumed to have s, = +1/2. By substituting the L.C.A.0. forms of the molecular
orbitals of Eqn. 6-1 into this configuration, and then expanding the configuration

as a linear combination of atomic orbital configurations, we obtain
w?w?vgvgvg = const x [-2k(y“y5b“b8a°) + k1{(y“y8a°a8b°) + (y%a®afpebb)}]

To obtain this expression, we have omitted all atomic orbital configurations for
which two or more electrons occupy the same atomic orbital with the same s, spin
quantum numbers. Such configurations are forbidden by the Pauli exclusion prin-
ciple. A derivation of the above linear combination that takes proper account of
electron indistinguishability is provided in Ref. 9a,b.

For the 19 valence-electron systems o;, so;, C102 and other isoelectronic
species, the pr-atomic orbitals that are associated with the odd electron are
displayed in Figure 6-1. The molecular orbitals that may be constructed from these
orbitals are also given by Eqn. (1) (withy, a and b= pr), and the w-electron
configuration for the 5-electron 3-centre bonding is (v1)2(v2)2(w3)1.
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6~5 SOME TETRA-ATOMIC RADICALS

The isoelectronic radicals NO; and cog with 23 valence-shell electrons, are
predicted to be planar1 0, Their standard Lewis structures are of types (34) and
(35) (together with two other equivalent structures). For each of these structures,
the odd-electron occupies an oxygen atomic orbital. To locate the odd-electron in a
carbon or nitrogen atomic orbital, it is necessary to reduce the number of C-O and
N-O covalent bonds, as occurs in structures (36)-(39), for example. These latter
structures do not have a more favourable distribution of atomic formal charges than
do (34) and (35). This fact, taken together with the smaller number of C-0 or N-O
covalent bonds, suggests that (36)-(39) should be unimportant valence-bond struc-
tures for the ground-states of these radicals. This expectation is in accord with
the e.s.r. observations'? that the odd-electron for either NO; or co; occupies
primarily atomic orbitals that are located on the oxygen atoms. Therefore, no

significant development of a Pauling "3-electron bond" may occur for these systems.

0’ "0, or Oz
) ) &)
(34) (35)
o () o . (+) o
0 0. :0 Ho
N N\,
\ \
| G J: \
N o \ ° Ce Y
o \0.' " \6- -0/ \0" -b/ \6‘
.. .‘ .' .. .. ‘. .. (d .. .. .. .. .. .. o ..
) - (2] ) - )
(36) (37) (38) (39)

By contrast, the radicals Nog_, pog', SO; and ClOg with 25 valence shell

electrons, have been found to have their odd electron delocalized over all atomic
centres'®, For these radicals, Pauling "3-electron bonds" may be developed without
reducing the number of A-O (with A = P, S or Cl) bonding electrons. Thus we may

write
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to locate the odd~electron in an A atomic orbital as well as the oxygen atomic
orbitals. (For each of (40)-(42), there are two other equivalent structures that
participate in resonance with these structures). The formal charges in these

structures reflect the reduced importance of a O to the Pauling "3-electron bond"

resonance i 8 ++ A 6 as one proceeds from PO3- to C103. This is reflected in

the values of the P, S and Cl odd-electron charges, namely (Ref. (a) of Table 6-1)
0.68, 0.58 and 0.36. For Nog-, the nitrogen odd-electron charge is 0.81. As is the
case for Cl0, (Section 6-3), the possibility exists that sulphur and chlorine 34
orbitals may participate significantly in bonding for SOS and Cloj. If this occurs,
the resulting valence-bond structures of types (43) and (44) also have Pauling "3-
electron bonds". The presence of non-bonding electrons on the A atoms of each (40)-
(44) is in accord with the prediction that these 25 valence-electron radicals are

non-'planar1 0,

(+%) (+%2) (+%)
é él I(l
7 N\, INe oI\
*0: O 0: O 0. ¥ el (V]
oo (_) Prid (_%) Cl
%) (43 (44) (45)

Group (V) trihalides are isoelectronic with Pog—, SO

2= and Cl03. Photo-

electron spectrum studies permit features of the electronic structures of different
states for the singly-charged cations of the trihalides to be examined“. If a non-
bonding electron is ionized, a Pauling "3-electron bond" can be developed in the
cation, as is displayed in (45) for Nclg. These types of valence-bond structures
are similar to (40)-(42) for PO%‘, SO3 and clo,.

The influence of overlap on the stabilization or destabilization of Pauling
"3-electron bonds" has been discussed in Section 3-10, together with the consequent
effect on competition between planarity and pyramidalization for radicals such as

CH3, CHyF, CHF, and CF3. Each of CF; and Ncl; has 25 valence-shell electrons.



72

REFERENCES

10.
1.

G.R. Bird, J.C. Baird, A.W. Jache, J.A. Hodgeson, R.F. Curl, A.C. Kunckle,
J.W. Bransford, J. Rastrup-Andersen and J. Rosenthal, J. Chem. Phys., 40, 3378
(1964)

L. Pauling, The Nature of the Chemical Bond (Cornell, 1960), p. 348.

M. Green and J.W. Linnett, J. Chem. Soc., 4959 (1960).

M.R. Truter, D.W.J. Cruickshank and G.A. Jeffrey, Acta Cryst., 13, 855 (1960).
M.R. Truter, Acta Cryst., 7, 73 (1954).

P.H. Turner and A.P. Cox, Chem. Phys. Letters, 39, 585 (1976).

W. Roso and R.D. Harcourt, unpublished data.

M. Green, J. Chem. Soc. 2819 (1962).

R.D. Harcourt, (a) Theor. Chim. Acta, 2, 437 (1964); 4, 202 (1966); (b) Int.
J. Quantum Chem., 4, 173 (1970).

J.R. Morton, Chem. Revs., 64, 453 (1964).

D. Colbourne, D.C. Frost, C.A. McDowell and N.P.C. Westwood, J. Chem. Phys.
69, 1078 (1978)



CHAPTER 7
SOME DIMERS OF TRIATOMIC RADICALS WITH 17 AND 19 VALENCE-SHELL
ELECTRONS

A number of triatomic radicals can form dimers whose geometries have been well-
characterized. A study of the electronic structures of these dimers can illustrate
aspects of qualitative valence-bond and molecular orbital theory for electron-rich
polyatomic molecules, and in particular, interconnections between these theories can
be demonstrated. Dinitrogen tetroxide is a molecule par excellence that may be used
for these purposes, and we shall give primary consideration to its electronic struc-

ture and bond properties.

7-1 THE LONG, WEAK N-N BOND OF N;04: LEWIS VALENCE-BOND THEORY

1 whose geometries

NO, with 17 valence-shell electrons can form several dimers

are displayed in Figure 7-1. The most stable dimer is planar with a long, weak N-N
° o

bond. The N-N bond-length for this dimer is 1.78 Az, which is 0.33 A longer than

the single bond of NoHy 3

. The N-N bond-dissociation energy of 57 kJ mol™ ! for N2°4
is much smaller than that of 250 kJ mol~! for NyH, 4'5. Both molecular orbital and
valence-bond theory may be used to explain why the N-N bond is long and weak. The
Lewis-type valence-bond explanation follows immediately from the valence-bond des-

cription of the electronic structure of NO, (Section 6-1).

O\ —_— /0 O\N—N/ ° O\N—o/ N\o
o/ \o o/ e o/

Figure 7-1 Ny04 isomers1.

We shall assume here that the electronic structure of the ground-state for NO,
may be described by invoking resonance between the valence-bond structures (1)-(4)
of Section 6-1. (For convenience only, we shall initially restrict our attention to
structures (1) and (2), but is to be understood that these valence-bond structures
participate in resonance with the symmetrically-equivalent structures (3) and (4).)
When NO, dimerizes, the odd-electrons of the two monomers must be spin-paired to

form an electron-pair bond that links the two radicals. By using valence-bond



74

structures of types (1) and (2) to represent each monomer, the following Lewis-

structures for the dimer can be generated
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In structures (4)-(6) above, we have used pecked bond-lines (----) to indicate
the formation of "long-bonds" between pairs of non-adjacent atoms. Because of the
small overlap that exists between atomic orbitals located on non-adjacent centres,
these bonds are extremely weak (Section 2-5(b)) and have negligible strength. Some-

"8, It follows that if resonance

times these bonds are designated as "formal bonds
between structures (1) and (2) (together with their mirror-images) is used to repre-
sent the electronic structure of NO,, then resonance between the structures (3)-(6)
(together with mirror images) may be used to describe the electronic structure of
N,04 when charge-transfer between the NO, moieties is not considered. Therefore,
the N-N bond number (i.e. the number of pairs of electrons that form the N-N bond)
for N,0,4 must be smaller than the bond-number of unity that pertains for the N-N
single-bond of NyH, (as in Hz'b;——y.ﬂz). A bond-number which is less than unity
implies that the N-N bond is longer than a single bond. Estimates of the N-N bond-

number are 0.34 from the bom:l-lengt:h9 and 0.24 from the photo-electron spectrum7c.
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By bonding together the NO, valence-bond structures of types (2) and (4) of
Section 6-1, valence-bond structures of type (7) are obtained for N,0,. These
latter structures also participate in resonance with the structures of types

(3)-(6).

.o.\.Nz + SN/. .: —— ..o..\NS e ":N/ .d.:
:jo./ \.,o.- :jo.(' - N 5

(7)

In valence-bond structures (6) and (7), a lone-pair of electrons occupies each
of the nitrogen hybrid atomic orbitals (h, and hy of Fig. 7-2) that pertain to the
N-N o-bond of structure (3). For this pair of orbitals, thie overlap integral is
0.3, and therefore non-bonded repulsions (Section 3-10) between the nitrogen atoms
will be established as a consequence of the contributions of structures (6) and (7)
to the ground-state resonance. This repulsion will also lead to some lengthening of
the N-N bond.

It has been suggested that the N-N bond-number for N,0,4 is equivalent to the
nitrogen odd-electron charge for the NO, monomerg. In Section 6-1, a value of
approximately 0.5 was assigned to this odd-electron charge. If no reorganization of
the electronic structure of NO, is assumed to occur when NO, dimerizes, then it has
been argued that spin-pairing of the nitrogen odd-electron charge of 0.5 for each
monomer generates an N-N o-bond-number of 0.5 for the dimer, i.e. one half of an N-N
electron-pair is formed for the N,0, dimer. This argument is noﬁ valia’P/10,
Inspection of the valence-bond structures (3)-(5) shows that a nitrogen atom can
share its odd-electron charge to form a "long" N-O bond as well as the N-N bond.
Consequently, resonance between (3)-(6) must generate an N-N bond-number of 0.25 for
N,04 if the nitrogen odd-electron charge for NO, is 0.5. (To obtain a nitrogen odd-
electron charge of 0.5, structures (1) and (2) for NO, must have equal weights.
Therefore, the weights for the N0, structures (3)-(6) are each equal to 0.25.)

Each of the N,0, Lewis structures (3)-(7) obeys the Lewis-Langmuir octet rule
for atoms of first-row elements (Section 2-4a), and four of these structures have a
"long-bond" linking a pair of non-adjacent atoms. Why should these latter struc-
tures be considered to be of importance for the ground-state resonance description
of N;04? 1In Section 2-4, we have referred to the electroneutrality principle, which
states that if atc;ms of a neutral molecule have similar electronegativites, the
atomic formal charges for the ground-state of the molecule will have small magni-
tudes. For N,04, appreciable weights for at least some of the "long-bond" struc-
tures (4)-(7) (whose formal charges are smaller than are those for the standard

Lewis structure (3)) help ensure that this requirement is satisfied.
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Because each NO, moiety of structures (3)-(7) has 17 valence-shell electrons,
these structures will be referred to as "covalent" structures with the electron
distributions of NO,NO,. In Section 7-3, "ionic" or charge-transfer structures of
the type NOENOE (or NozNOZ) will also be included in the description of the elec-
tronic structure. As is the case for H, (section 3-3), the ionic structures are
less important than are the corresponding covalent structures for the ground-state
resonance’Ps¢/10,

Molecular orbital calculations for NO, and NyO4, with configuration interaction
(C.I.) (sections 3-3 and 10-3) included for N,0,, have been parameterized so that
the experimental values for the first two ionization potentials of NO,, the first
ionization potential of N7O4, and the nitrogen odd-electron charge of NO, (Section

6-1) are reproduced’?sS:13,

The NO, parameters have been carried over into the N704
calculations. From the MO-CI wave-function for N,Oy4, weights of 0.24, 0.24, 0.24,
0.13 and 0.13 have been calculated for sets of covalent structures of types (3)-(7).
The remaining weight of 0.02 is shared amongst various ionic structures. The cova-
lent weights are very similar to those obtained from spin-pairing the odd-electrons
of two NO, monomers with nitrogen odd-electron charges of 0.5, namely 0.25, 0.25,
0.25, 0.125 and 0.125, and support the hypothesis that dimerization of NO, involves
primarily the spin-pairing of the odd-electrons of two NO, radicals.

The odd-electron of NO, is delocalized amongst a nitrogen hybrid atomic orbital
and the oxygen 2pi-orbitals that overlap with this nitrogen orbital. The three
orbitals are displayed in Figure 6-1. The atomic orbitals whose occupancies differ
in valence-bond structures (3)-(7) for N,0, are therefore those that are displayed
in Figure 7-2, namely two nitrogen hybrid and four oxygen 2pn-orbitals, which are
designated as "mobile o-electron" orbita156'7'10°'13. The "mobile o-electron" wave-
wave functions for the electron-pair bonds of (3)-(7) are assumed to be constructed
using the Heitler-London procedure (Section 3-3). For example, the wave-function
for the N-N bond of the standard Lewis structure (3) is hy(1)h3(2) + h3(1)hy(2) in
which h, and h; are the hybrid orbitals displayed in Fig. 7-2. But it is also
possible to construct a molecular orbital wave-function for this bond, namely
0(1)o(2) for which ¢ = h, + hy is the N-N bonding molecular orbital. We shall now
use this latter formulation of the N-N bond wave-function to provide a molecular

orbital explanation”'12 for the existence of a long, weak N-N bond for N,0,.

T 775@0 y

omes -

( @
T

Figure 7-2 Mobile o-electron atomic orbitals for planar N,04 isomer7.
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7-2 THE LONG WEAK N-N BOND OF N,0,: MOLECULAR ORBITAL THEORY''s'Z

For the molecular orbital description of the N-N bond of structure (3), two
electrons with opposite spins occupy the N-N o-bonding molecular orbital
g = hy + h3. 1In this structure, the oxygen 2pm orbitals, which overlap with the
orbitals that form the N-N bond, are all doubly-occupied. However, the appreciable
electronegativity of Nt relative to 07 in structures of type (3) induces some de-~
localization of the oxygen 2pn electrons into the antibonding N-N o*-orbital, a* =
h2 - h3, which is vacant in these structures. The N-N o-bond order+ is then reduced
below the value of unity that pertains to (3), thereby generating a long, weak N-N
bond. An estimate of 0.525 for this bond-order has been obtained from molecular
orbital studies of the photoelectron spectrum’S,

To obtain the "long-bond" Lewis structures (4)-(6) from the standard Lewis
structure (3), either one or two electrons have been delocalized from the oxygen 1-l1
and 54 orbitals of Figure 7-2 into the singly occupied nitrogen hybrid orbitals hy
and hj. We shall now use these orbitals to construct the 4-centre delocalized
molecular orbitals for the mobile o-electrons. (A fuller treatment that includes
the 1‘(5 and 1-'6 orbitals is described in Refs. 7b,c,11 and 12.)

Initially we shall form the bonding and antibonding linear combinations of
each pair of nitrogen and oxygen atomic orbitals. The resulting symmetry orbitals
are given in Egs. (1) and (2), in which for simplicity only we have omitted the
overlap integrals from the normalization constants. The symmetry orbitals sy and s,
are the N-N o-bonding and a‘-antibonding molecular orbitals. The s; and s3 orbitals
are symmetric with respect to reflection through the xy plane of symmetry (Fig.
7-2), whereas s, and s, are antisymmetric with respect to this reflection. Because
orbitals with the same symmetry can overlap, we may linearly combine s, with s3, and
s, with s;, to obtain the delocalized 4-centre molecular orbitals of Egs. (3)-(6).
The parameters A and u are constants, both > 0. In particular, as will become more
evident below, the parameter p provides a measure of the extent of delocalization of

the oxygen 2pm electrons into the antibonding o‘ orbital (52).

s; = (hy + h3)/2', s, = (hy - hy) /2%, (1)

(Fy + 740720, s4= (- 7r" (2)

S3

Yy o= (83 + a8 /(1 #1227 = (7, + Ahy + Aby + 704201 +22}%  (3)

Yy = (sg + usy)/(1 +w (Fq + uhy - why - T/0200 +uDPr (4)

U3 = sy = 500/(1 + 2207 = Ty = hy - hy+ AT A201 + A2 (5)
2k - - 2k
Vg = (usg = s5)/(1 + u“) = (U, = hy + hy - umy)/{2(1 + u)} (6)
12 at the N-N single-bond length of 145 ; as well as at

These delocalizations are cal::ula*red to occur
the experimental length of 1.78 A.
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Inspection of the signs of the atomic orbital ‘coefficients shows that molecu-
lar orbital V4 is both N-N and N-O antibonding, and therefore it is the highest
energy molecular orbital for the mobile c-electrons. For the six electrons that
occupy the T,, h,, hy and W, orbitals of Fig. 7-2, the molecular orbital configura-

tion of lowest energy is given by Eqn. (7), with orbital ¥, vacant.
¥1(M0) = (¥7)2(¥)2(¥5)2 €

It is instructive to transform the molecular orbitals of Egn. (7) by applying

the identity that we have deduced in Section 3-5 (or Section 3-7), namely
(a+x0) ' (k*a - B)1 = -(1 + k") (@) (p)! (8)

provided that the two electrons that occupy the bonding and antibonding orbitals
a + kb and k*a - b have parallel spins. Because the overlap integrals have been
omitted from the normalization and orthogonality relationships, the molecular orbi-
tals of Egs. (3)-(6) are normalized and orthogonal. For these orbitals, the appro-
priate form of Eqn. (8) is Egn. (9), in which a and b now correspond to a pair of
symmetry orbitals from Egs. (1) and (2), and k is either A or .

B1 2 (a)(p? (9)

{(a +kb)/(1 + k2)} Mika = b)/(1 + k2)
When this identity is applied to the ¥, and y; orbitals of Eqgn. (7), we obtain
Egn. (10), which shows that the N-N o-bonding orbital s; is doubly occupied

regardless of the value of y in molecular orbital Voo
¥M0) = (170202832 = (5)2(¥,)%(s5)2 (10)

If the parameter u is set equal to zero in the ¥y, of Egn. (4), then Vo = sS4
and ¥,(MO) reduces to (s1)2(s4)2(s3)2 = (51)2(171)2(54)2. This latter configuration
corresponds to double-occupancy of the 171 and 174 orbitals of Fig. 7-2, i.e. no
delocalization of electrons has occurred from these orbitals. When p # 0, the sS4
and s, symmetry orbitals mix according to Eqn. (4), i.e. T-electrons delocalize into
the antibonding N-N a* orbital which is vacant in the standard Lewis structure (3).
The parameter p therefore provides a measure of the extent of this delocalization,
which may be calculated from the N-N o-bond order for ¥4,(MO) of Egn. (7). Using the
bond-order formula of Egn. (3-43),i together with the molecular orbital coefficients
of Egs. (3)-(5), this bond-order may be expressed as 1/(1 + u2). (This formula is

also .:-1ppr:opri.'=\t:el| 2

when the 1?5 and 176 atomic orbitals of Fig. 7-2 are included to
construct 6-centre molecular orbitals.) With 1/(1 + p?) = 0.525, u = 0.951 is

obtained.
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Further transformations of the orbitals for molecular orbital configuration
¥,(MO) are possible, but a discussion of them will be postponed until Chapter 10.
These transformations enable a connection to be made between the molecular orbital
and valence-bond descriptions of the electronic structure of N,0, that we have
described here. .

The results of some recent molecular orbital calculations'4” '8 that treat
explicitly either all of the electrons or all of the valence-shell electrons,
support the molecular orbital theory11'12 that has been described in this Section.

It may also be noted that the "through-bond" coupling19

of lone-pair orbitals over
*
three o-bonds is equivalent to lone-pair delocalization into the antibonding o

orbital between the central o-bond.

7-3 THE PLANARITY OF N,04, COVALENT-IONIC RESONANCE AND CIS 0-0

PAULING “"3-ELECTRON BONDS"

The planarity of N,0, is concomitant with a barrier to rotation's20 around the
N-N bond of 8-12 kJ mol'1. The origin of this barrier was initially associated with
weak m-bonding across the N-N bond21- However, the results of molecular orbital
calculat::i.ons“"15'22 now indicate that the overlap between o-orbitals on pairs of
cis oxygen atoms provides the primary contribution to this barrier. For these
calculations, the oxygen orbitals were oriented parallel to the N-N bond axis. For
the valence-bond structures (3)-(7), the corresponding oxygen orbitals are the 2pm-
orbitals of Fig. 7-2. The overlap integral between a pair of cis 2p?,-orbitals (e.g
171 and 174, or 175 and 176) is 0.0172. Using valence-bond theory, we shall now give
consideration to how this overlap can generate a contribution to the rotation
barrier. Fuller numerical details are provided in Refs. 7a and 7c.

For valence-bond structure (6), there is a "long" cis 0-0 bond formed by the
overlap of singly-occupied 2pn-orbitals. If this structure has appreciable weight
in the ground-state resonance description of the electronic structure, it might be
thought that this bond could provide the valence-bond explanation of the cis 0-0
contribution to the barrier. However, it has been calculated’? that this bond has
negligible strength (< 0.2 kJ mol'1), and that it is not appreciably strengthened
when (6) participate in resonance with the ionic (NOSNOS and NOENOZ) structures (8)
and (9) (c.f. the covalent-ionic resonance H—H <+ H' $H™ «+ HI H' for H, of

Section 3-3).
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‘o’ ‘0° o° o

\\N= 'N// >

H N3 > NS N
AR ¥ o N o N
+ - (3] (5]

(6) (8) (9)

A much larger cis 0-O binding energy of 20 kJ mol~! is calculated when each of
the covalent structures (4) and (5) participate in resonance with the ionic
structures (10) and (11). It is this resonance that has been calculated to be

primarily responsible for the cis 0-O overlap contribution to the rotation barrier

i\n.‘:’ :N/ . - .°'\\N(+) : J
5 / \"\\.d: 7 Ng:
A . o R
(4) (10)
N o N\, oS
'-204"' ) -.',o,./H \oj:

(5) (11)

It is of interest to examine the nature of the electronic reorganization that
occurs when (4) participates in resonance with (10). In structures (12) and (13),
we have separated out the relevant electrons, namely those that occupy the oxygen 1_:1

and 174 orbitals, and the nitrogen hybrid orbital h,. Inspection of these latter

structures reveals that the (4) «+ (10) resonance leads to the development of a
L] [ d )

Pauling "3-electron bond" (0eee0 = O ® O = (0% e0) ++ (Oe $0)) between the cis oxygen

atoms. We may therefore associate the cis 0-O overlap contribution to the rotation

barrier with the formation of this type of bond.

Ne _ N
\\\\ /
O° \\oo (o] <0

(12) (13)
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Other types of covalent-ionic resonance can also lead to the development of a
Pauling "3-electron bond" between a pair of cis oxygen atoms. One such example
involves the structures (7) and (14). However, it has been calculated that
resonance between these structures generates a much smaller stabilization of the
planar conformation than do the (4) «+ (10) and (5) «+ (11) resonances’2. Simple
electrostatic considerations show why this is the case; due to the distribution of
formal charges in (4) and (10) (or (5) and (11)), the energy difference between a
pair of these structures is much smaller than is that between (7) and (14).
Therefore a more effective linear combination of the wave-functions for (4) and (10)
may be formed. Similar electrostatic considerations indicate why the (4) <+ (10)
resonance generates a larger stabilization than does the (6) ++ (8) +«+ (9)
resonance.

Further theory for covalent-ionic resonance and Pauling "3-electron bonds" for

6-electron 4-centre bonding is described in Chapter 24.

‘o ',. ':. o P '_/060.
\N: /:IN > \\N: -":N
4 \
:'o."/ \\.o. :'o./ \\\\.o.
{ (o2 2 e
(7) (14)

7-4 c,02” aND 5,02 ANIONS

The dimer of COE, namely the oxalate anion czoi', is isoelectronic with N204.
Its C-C bond-length of 1.57 ); (average)23 is only a little longer than the C-C
single-bond length of 1.54 K for C2H6. By contrast, the N-N bond of Ny04 is 0.33 ;\
longer than the N-N single bond for NyH4e A comparison of the standard Lewis
structures (3) and (15) indicates immediately why the difference occurs. Relative
to the lone-pair 2pmn-orbitals on the oxygen atoms of these structures, the carbon
atoms of (15) must be less electronegative than are the Nt of (3). Consequently the
delocalization of the oxygen T—-electrons into the antibonding C-C o* orbital of (15)
must occur to a smaller extent than does that which occurs into the antibonding N-N
o* orbital of (3). Therefore the C-C o-bond order for Czo‘z' must be larger than the
N-N o-bond order for Ny04, and a shorter C-C bond results.

The reduction in the extent of delocalization of oxygen T-electrons generates
a smaller cis 0-O overlap stabilization for C20§— than for N,04. Non-planar as well

as planar czoi' conformers have been reported23.
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A Lewis-type valence-bond explanation for the difference in N-N and C-C bond-
lengths may also be provided. When COE monomers with the valence-bond structures
(13) and (15) of section 6-2 dimerize, the Lewis structures of types (15)-(18) are
obtained, which are equivalent to structures (3)-(6) for N;04. For czoﬁ', the
formal charge arrangements for (16)-(18) are no better than are those for the
standard Lewis structure (15). Therefore, the "long-bond" structures (16)-(18) with
no C-C bonds would be expected to make a smaller contribution to the ground-state
resonance than do the corresponding structures (4)-(6) for Ny04. Consequently, the
standard Lewis structure (15) with a C-C o-bond has a larger weight than has (3)
(with an N-N o-bond for N;04), thereby generating a larger C-C bond-number for
c,03”.

The dithionite anion 520421-' which is the dimer of so; (section 6-3) is non-
planar24'25. The S-S bond-length of 2.39 1‘; for this dimer24:25 jg 0.33 ): longer
than the S-S single-bond of HyS, 26,  The standard (octet) Lewis structure (19) has
a lone-pair of electrons on each of the sulphur atomé, and these should be
responsible for the non-planarity (c.f. non-planar :NH3 and =SO§-: each of which has
a lone-pair of electrons on the nitrogen or sulphur atom). Because of the non-
planarity, the lone-pair 2pm and 2pr orbitals on each oxygen atom can both overlap
with the atomic orbitals that form the S-S og-bond of (19). The s* of (19) should be
strongly electronegative relative to the 0, thereby inducing appreciable delocal-
ization of the oxygen m and T electrons into the antibonding S-S o orbital. An s-s
o-bond-order which is rather less than unity will then result, and so the S-S bond

will be lengthened relative to the single-bond length!22,
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A Lewis-type valence-bond explanation27

for the existence of a long S-S bond
in 820(21- is the following. On dimerization of the Soz' valence-bond structures (24)
and (26) of section 6-3 (with a sulphur atom replacing the central oxygen atoms of
these structures) we obtain the Lewis structures (19)-(22). The nature of the
formal charge distributions - particularly that of (22) - implies that the "long-
bond" structures (20)-(22) with no S-S bonds should have appreciable weights. One
consequence\of this is that the S-S bond-number for szoi' must be rather less than
unity, and the S-S bond is therefore longer than a single bond.

In (22), the sulphur orbitals that form the S-S o-bond of (19) are both
doubly-occupied. As is the case for N,04 (Section 7-1), the resulting non-bonded

repulsions must contribute to some of the lengthening of the S-S bond.

7-5 ByY, (Y = F, Cl or Br), NyF, AND P,F,

The A-A bond-lengths for some A,Y, systems, with A= B, Nor P, and Y = hal-
ogen, are reported in Table 7-1. These lengths are a little longer than the single
bonds of ByH,, NpH, and P,H,;, and may be attributed to a small amount of delocali-
zation of halogen pl'r electrons into the antibonding A-A a* orbitals which are vacant
in the Lewis structures (23)-(25). Alternatively, the odd electron for each of the
AY, monomers (Table 6-1) is not localized entirely in a boron, nitrogen or phospho-
rus atomic orbital, and on dimerization an incomplete electron-pair bond is formed
between pairs of these atoms. Consequently, valence-bond structures of the type
(26)-(28) for ByF4 for example, must also contribute slightly to the ground-state

resonance description of the electronic structure. If dimerization is assumed to
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involve solely the spin-pairing of the odd-electrons of the monomers, then a boron
odd-electron charge of 0.93 for BF, generates a weight (Section 7-1) of 0.86 for
valence-bond structure (23), i.e. the B-B bond-number is 0.86. For NF, and PF,, the
odd-electrons occupy m—electron molecular orbitals (c.f. Section 6-4), but spin-pair
to form o-bonds in the dimers. Therefore it may be less appropriate to obtain
realistic estimates of the A-A bond-numbers for N,F, and P,F; from the odd-electron
charges of the monomers. However, they should provide a qualitative guide to the

relative importance of the different types of structures.

F F cl F .
\B B/ CI>B B/ A A{/
F/ \F “ \CI F/Fl
(23) (24) (25)
e .'F°. .oF-. ..Fo_ ..F % F.'(+)
o - o -=F:
\o ./ Ne o/ \o 0/

B: y
wl-” \F.: e AN % /’ ; \\ -

3 Fomm - = oo -

(+) (+) (+) (+)

(26) (27) (28)
B,H, 1.6443, 1.619P N,Hy 1.4539
B,F, 1.720° N,F, 1.489%, 1.495%
B,Cl, 1.702€ PoHy 2.2169
B,Br, 1.689° P,F, 2.281"

Table 7-1 A-A bond-lengths for AjHy and AyY, (Y = halogen) molecules.

REFERENCES: (a) (Calcse. P. Dill, V.Re Schleyer and J.A. Pople, J. Amer. Chem. Soc., 97,
3402 (1975). (b) (Calcs). |.M. Peperberg, T.A. Halgren and W.N. Lipscomb, Inorg. Chem.
16, 363 (1977). (c) D.D. Danielson and K. Hedberg, J. Amer. Chem. Soc., 101, 3199 (1979)
and references therein. (d) Ref. 3. (e) M.J. Cardillo and S.H. Bauer, Inorg. Chem., 8,
2086 (1969)e (f) M.M. Gilbert, G. Gundersen and K. Hedberg, J. Chem. Phys., 56, 1691
(1972). (g) B. Beagley, A.R. Conrad, J.M. Freeman, J.J. Monaghan, B.G. Noron and G.C.
Holywell, J. Mol. Struct., 11, 371 (1972). (h) H.dL. Hodges, L.S. Su and L.S. Bartell,
Inorg. Chem., 14, 599 (1975).

In the gas phase, B,F, is planar, and B,Cl,; and B,Br, have perpendicular
conformations; experimental estimates (Ref. (c) of Table 7-1) of the rotation

barriers relative to the most stable conformers are 1.8, 7.7 and 12.1 kJ mol'1.
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From ab-initio molecular orbital studies, Clark and Schleyer16 have concluded that
m-electron effects stabilize the planar conformation for ByFy, whereas hyperconjuga-

tion across the B-B bond of B,Cl, helps stabilize the perpendicular conformation.

7-6 THE GEOMETRIES OF P,F4 AND S,02

The SZO?I- anion has an eclipsed geometry, whereas isoelectronic P2F4 is trans,
as in (19) and (25), respectively. Similarly, P,H, has a trans geometry. For PyFy4,
"long-bond" structures similar to (20)-(22) with formal +ve charges on the fluorine
atoms, must have much smaller weights than do those for 5202'; the monomer odd-
electron charges (Table 6-1) give weights of 0.19, 0.19 and 0.03 for szoi—, and
0.08, 0.00 and 0.00 for PyFy. The staggered trans geometries for P,F, and PyH, are
due primarily to the non-bonded repulsions between the phosphorus lone-pair electrons
(Section 3-10) and repulsions between net charges on the fluorine and hydrogen
atoms. Similar effects for szoi' might be overcome by covalent-ionic resonance of
the type (21) ++ (29), (c.f. (4) «» (10) for N,0,),which could introduce a signifi-
cant cis 0-0 overlap stabilization energy. Due to the much smaller weight for
covalent eclipsed (or staggered) structures of type (30) for P,F,, a cis F-F overlap
stabilization energy through the resonance (30) «+ (31) will be of negligible
importance for this molecule, and cannot operate for PyHy. Similar theory accounts
for the existence of trans and gauche rather than eclipsed conformers for NyFge

It has been suggested 25 that structures of type (22) should help stabilize
the eclipsed conformation for Szo;‘:-. However, as is the case for structure (6) for
NyOy4, the cis 0-0 bond of (22) must have negligible strength; the bond-length is
2.86 A.

+) *)

s .S :
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7-7 C-NITROSO DIMERS AND S,N,4

In their standard Lewis structures (1) and (19), both N,0, and 520421_ carry
positive formal charges on the adjacent nitrogen and sulphur atoms. The presence of
such charges helps to induce considerable delocalization of oxygen lone-pair
electrons into an antibonding a*—orbital between the nitrogen or sulphur atoms,
with a consequent lengthening of the N-N and S-S bonds relative to single-bond
lengths. A similar arrangement of positive formal charges occurs in the standard

6,12a,28-30 5,4 ye shall

Lewis structures for a number of other molecular systems
discuss two examples here, namely the C-nitroso dimers (RN0)2 (R = alkyl or aryl)
and SgNg4- The standard Lewis structures for these molecules, (32) and (33), carry
positive formal charges on the adjacent nitrogen and sulphur atoms respectively. If
we assume that the rather greater electronegativity of the Nt and s* relative to the
0~ and N~ leads to appreciable delocalization of the O~ and N~ lone-pair electrons
into the antibonding N=-N c* and S-S c* orbitals that are vacant in (32) and (33), we
can explain the observed lengthenings of the N-N and S-S bonds relative to double
and single bond lengths. For a number of C-nitroso dimers, the N-N bond~lengths
a31

o
range in value between 1.30 A and 1.32 ; the length of an N-N double bond (as in

° °
CH3N=NCH3) is 1.24 A. FOr S,N,, the s-s bond-lengths of 2.58 A32

with the S-S single-bond length of 2.06 A.

may be compared

(] (+) ()

Q.. °N; S =N’
R R R G | | !
\ u)/ \ *) (+)/ . !
N N N N (+) :S , Sz (+)
Y " S
3] 8] ] O ) @
(32) (33)

Other systems with adjacent positive charges in their standard Lewis
structures include Ru(II)-N,~Ru(II) and S;0,. Their standard Lewis structures are
(34) and (35), and the bonding for these systems is discussed in Sections 18-2 and
11-7.

8 GG ) ;S S,
o e N i ./ AN
° . o Mo

(34) (35)
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CHAPTER 8
SOME Cu(II) BINUCLEAR TRANSITION-METAL COMPLEXES

With little modification, we may use the N,04 Valence-bond and molecular
orbital theory of Sections 7-1 and 7-2 to examine the magnetic behaviour for some
binuclear Cu(II) complexes with (3a)° configurations for the cu?* jons. As exam-
ples, we shall consider the Cu(II)-carboxylate, Cu(II)-chloro and Cu(II)-hydroxo
dimers (Cu,(RCOy)4,L, with n = 0 or 2, and Cuzx%+ with X = Cl or OH) with the
<3eomet:z'ies1-3 displayed in Fig. 8-1. 1Initially we shall not include the copper 4s

and 4p orbitals in the bonding schemes.

8-1 Cu(II) CARBOXYLATE DIMERS, Cuz(RC02)4,Ln

8-1(a) Valence-Bond Structures For those Cu(II) carboxylate dimers that
have the geometries displayed in Fig. 8-1, singly-occupied 34 2 orbitals of the

Cu2+

2
X" =y
ions can overlap with a lone-pair atomic orbital on each of the oxygen atoms of

the carboxylate ligands, as shown in Fig. 8-2 for two ligands. The 34 2 orbitals

x2 -y
also overlap with each other to form a very weak 6-bond4. In Fig. 8-2, each
O-Cu(II)-O0 moiety involves five electrons and three overlapping atomic orbitals, as
is also the case for NO, and both 0-N-O linkages of N,04 (see Figs. 6-1 and 7-2).

The cu2+ 5

ions of Cu(II) carboxylate dimers are equivalent® to the nitrogen atoms of
NO, and N,0,. Therefore, for each 0-Cu(II)-O moiety, with one unpaired or magnetic
electron, we may write ‘down Lewis structures of the types (1), (2) and (3);
resonance between them may be summarized by using the Pauling "3-electron bond"

structures (4) and (5).

L\ l.

—Cu<—26A-2-9A+=Cu"™—1 Cu<2-8A- 337\—-Cu
(@)
O (@)

/ C
l

,—

Figure 8-1 Geometrical structures for some Cu(II) carboxylate, hydroxo and chloro
dimers.



89

o, o. o.
Cue <—> Cu? <—> Cut
o" o o
(1 (2) (3)
The atomic orbitals for each

0-Cu(II)-O0 moiety of Fig. 8-2 overlap

weakly with those of the other moiety
which involves the same RCOE ligands.

Therefore, the delocalized magnetic elec-

trons of the two moieties may be spin-

paired to generate the S = 0 valence-bond

+

structures' of the types (6)-(9) (together

with equivalent mirror-image structures).

These structures have the same distribu-

tion for the delocalized bond (~---<) as

have the N0, structures (3)-(7) of

Section 7-1. With respect to each O0-N-O

or O-Cu(II)-O moiety, both sets of struc-

(4) (5)

Figure 8-2 Overlap of copper 3d,2_2

orbitals with oxygen lone-
pair_orbitals of two carboxylate lig-
ands. The overlap between the copper

tures are of the "covalent" type. orbitals generates Cu-Cu § bonding.
R R R R
4 e, %) %) l L (%) (+4) . _c_. (+4) (+4) .. %)
07 Se: o7 6 07 S o7 N
(+2) +2) 2 -7 4 @ N (+)
Cusm=======eCu Cu-~ sCu Cus sCu Cu? . sCu
N\

.:d- "o:. -:du -’.i. o:o.' .'0': O:O'o\ 'o:o
o e () %) ° T " %) %) <|= (%) (%) " TCTT (4
R R R R
(6) (7) (8) (9)

b-,(-*:)
t With respect to formal charge distribution, the Linnett structure (Section 2-2) R— .fhaf we have

c'o;’)

oe(=

used for the carboxylate Ilnkage.s }n (6)-(9) l.s equivalent to that obtained from resonance between the
o

0: " os
(o 74 (O
standard Lewis structures R—C, and R—C/ .
\\o’- \o'-
4 oo (=)
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The Cu-Cu §-bond of (6) corresponds to the N-N o-bond of (3) in Section 7-1.
However, whereas the overlap integral involving the nitrogen hybrid orbitals of Fig.

7-2 has an appreciable magnitude (»0.3), the overlap integral for the copper 3dxg_y3

orbitals of Fig. 8-2 is very small4/® ( 0,003-0.01). If it is assumed that the

magnetic electrons of the Cu(II) carboxylate dimers are localized entirely in these

copper orbitals, only a very weak Cu-Cu interaction can occur®~8, The results of

some molecular orbital calculations’

indicate that the magnetic electrons can be
significantly located in the oxygen as well as the copper atomic orbitals (as occurs

in valence-bond structures (7)-(9)), and that the overlap between each pair of cis-

oxygen atomic orbitals (overlap integral for sp2 hybridization = 0.012) provides a
stronger spin-coupling of the two magnetic electrons than does the 3dxz_yz - 3dx’-y’

overlap. However, as we shall discuss in Section 8-1(c), the concomitant bonding
interaction between two O-Cu(II)-O moieties arises primarily from covalent-ionic
resonance of the Pauling "3-electron bond" type (c.f. Section 7-3) rather than from

the spin-pairing of the unpaired-electrons in the covalent structures.

8-1(b) The Antiferromagnetism of Cu(lI) Carboxylate Dimers Because the
overlap between the atomic orbitals of two O-Cu(II)-O moieties is small, the spin-
pairing of the two delocalized magnetic electrons to generate an S = 0 spin-state
with antiparallel (4¢) spins for the two electrons is weak. Little energy is
required to uncouple their spins to generate an$ = 1 excited state with parallel
(44) spins for these electrons. Measurements of the temperature-dependent magnetic
susceptibilities for a large number of Cu(II) carboxylate dimersz'g indicate that
for each of these complexes an S = 1 excited state lies only «» 100-500 cm™' (1-6 kJ
mol~1) above the s =0 ground—state". In Table 8-1, we have reported these energy
separations (-27 = E(S = 1) - E(S = 0)) for a selection of these compounds. By
contrast, the much larger overlap which exists between the nitrogen atomic orbitals
that form the N-N 0-bond of N,0, helps to generate a relatively stronger spin-
coupling for the unpaired-electrons of the two NO, moieties. The dissociation
energy of 57 kJ mol™ 1 for N,0, (section 7-1) reflects the stronger coupling relative
to what occurs for the Cu(II) carboxylate dimers.

In Table 8-1, the lack of correlation that exists between the Cu-Cu bond-
lengths and the energy separation between thes = 0 andsS = 1 states suggests that
the Cu-Cu § bonding is not the primary antiferromagnetic interaction that occurs
between the odd-electrons of the 0O-Cu(II)-O moieties. If it were, then a lengthen-
ing of the Cu~Cu bond would decrease the energy separation, because the overlap

between the 3d 2 orbitals would be smaller. It may also be noted that in Cu(II)

10

x2 -y

o
complexes of amino alcohols (10), the Cu(II) ions are separated by 4.94 A, and

t Because the S = 1 states are thermally accessible, these dimers exhibit antiferro-magnetic behaviour.
For some of the Culll)-hydroxo and chloro dimers of Section 8-2, the ground-states have S = 1 spin-
states, and excited S= 0 spin-states are thermally accessible. When this occurs, the complex is
ferromagnetice.
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therefore for these complexes, no antiferromagnetic coupling could arise through
spin pairing of the magnetic electrons if these electrons are located solely in the

dx’-y’ orbitals. However, -2J has a value'® of +95 cm™'. This can only arise

through cis 0-0 overlap, and the concomitant S = 0 stabilization becomes operative

when oxygen lone-pair electrons delocalize into the 34 2 orbitals in a manner

x2-y
identical to that described for the Cu(II) carboxylate dimers. In general, if the

primary interaction between the odd-electrons occur via some of the orbitals of the

bridging ligand rather than through overlap of the metal-ion orbitals, the mechanism

for the interaction is designated as a "superexchange" mechanism!1.

Hj:\c —-N/‘}‘b —%\O—H ..-..Q/% —% /%
N A /
\C—N/ \o--mH—o/ \
/ N\ 7 N\ 7\
He oy —af oy — o

(10)

R L cu-cu®  -27(em’}) R L cucu(®)  -27(cm b
% dioxan 2.58 +555 CH, urea 2.637 ——
H NCS 2.716 +485 C2H5 --------- 2.578 +300
urea 2.657 -—— C3H7 --------- 2.565 +322
CH3 H20 2.614 +284 CHZCl 0 picoline 2.747 +321
CH3 Hzo 2.616 +284 CF3 quinoline 2.886 +310
CH3 pyridine 2.630 +325 Succinate H,0 2.610 +330
CH, pyridine 2.645 —_— © - BrCH, H) 2.624 +250
CH3 quinoline 2.642 +320 Acetyl = = @ —eeemeeeee 2.617 +340
CH3 NCS 2.643 +305 Salicylate

Table 8-1 Cu-Cu bond-lengths and -2 for dimeric copper (II) carboxylates,
Cuy (RCOy) 4/Ly,, withn = 0 or 2.

8-1(c) Covalent-Ionic Resonance and the Antiferromagnetism of Cu(II)
Carboxylate Dimers Because of the small overlap that exists pg§ween atgg&c
orbitals located on non-adjacent atomic centres, the "long" dﬁ ‘O and 6 b
covalent bonds of structures (7)-(9) have negligible strengths. Therefore these
structures are essentially degenerate with the corresponding § = 1 structures that
have parallel spins for the two magnetic electrons. Similarly the small overlap

between the dx’-y’ orbitals for the Cus---+Cu bond of (6) renders this structure
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almost degenerate with the corresponding § = 1 structure. These types of near-
degeneracies may be demonstrated easily by calculating -2J for two hydrogen atoms

separated so that the overlap between the 1s orbitals is 0.01. A value of -2J =

1 al2 13,

7 cm” ' may be calculate using tabulated values for the integrals

-1

A much
larger stabilization of 240 cm is obtained when the s = 0 covalent structure H—H
participates in resonance with the ionic structures H' $H™ and HI H'. For Hy, the
covalent-ionic resonance involves the two electrons that form the electron-pair
bond. In Section 7-3, we have described how covalent-ionic resonance of the Pauling
"3-electron bond" type (Oe $0 «+ O¢ +0) in particular, leads to a substantial cis
0-0 overlap stabilization of the planar conformation for N,O4. Similar types of
covalent-ionic resonance are also 1'.'espons:lble7'14 for the cis 0-O overlap stabiliza-
tion of the § = 0 state for the Cu(Il) carboxylate dimers. This is most easily
demonstrated by using molecular orbital descriptions for a pair of O-Cu(II)-O
moieties, in the following manner.

For each O-Cu-O moiety, the molecular orbitals are given by Egn. 6-1, in which
y and b are oxygen atomic orbitals (e.g. Xq and xg, or x4 and xg of Fig. 8-2), and a
is the copper orbital X2 Or X3. We shall designate these 3-centre molecular
orbitals here as L (i = 1 - 3) and 0_{ (i = 1 - 3), and construct the § = 0 and
S = 1 configurations of Fig. 8-3 for the ten electrons. In them, the two magnetic
electrons are located in the Cu-O antibonding molecular orbitals ¢3 and 0;; If it
is assumed that the S = 0 and S = 1 configurations wcovalent and 3*cova1ent are

degenerate, then the degeneracy can be removed through covalent-ionic resonance for

the S = 0 state, i.e. by construction of the wave-function

1

_ 1 1
¥ Ycovalent * X Yjonic (1

B % e
R T . ol ot
-

Ye

-
—
S
— -
©
—

| S * *
TR 3 ] by i %q
covalen covalent

. v, - o

G —% s — d SO0 O0 QT
0 4 _H_d;.‘ ¢ _ﬁ_ —H—; Y y 4

0 e I e N

1 1 1 o1 W g

: 1 M Ly (mo) Ly (o) 3y (o)
‘yionic 1 2 3

Figure 8-4 6-centre molecular or-
Figure 8-3 Covalent and ionic configura- bital configurations
tions for two O-Cu-O moieties. for two O-Cu-O moieties.
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At this level of approximation, the § = 1 state involves no ionic components.
Small § = 1 ionic contributions do enter through consideration of excited configura-

tions, but any additional stabilization of 31’ ¢ through interaction with them

covalen
will be of less importance than is that which arises for the s = 0 state through

interaction of wcovalent with 1vionic‘ The calculations of Ref. 7 provide a

further illustration of this point.

We have already indicated that the valence-bond structures which contribute to

1

Y ¢ are of types (6)-(9), together with their equivalent forms. Similar

covalen
structures with parallel spins for the two magnetic electrons contribute to

1
covalent® For Yjionjcs

(11)=-(14). The cis 0-0 overlap that has been calculated’ to be of primary impor-

3‘! the component valence-bond structures are of types
tance for stabilization of the S = 0 state will manifest itself in covalent-ionic
resonance of the types (7)«+(12), (8)«+(13) and (9)+«+(14). The arrangements of
formal charges for these structures indicate that the energy differences Eq; = Ey
and E14 - Egj will have smaller magnitudes than has Eq 3 ~ Eg. Therefore the
resonances of types (7)«+(12) and (9)«+(14) should be primarily responsible for the

antiferromagnetism. These two resonances are of the Pauling "3-electron bond" type,

i.e. they involve O¢ «0 ++ O 0 = O° ¢ 0. The results of one set of calcula-
tions7 suggest that (9)«+(14) is mgre important than (7)«+(12), but further investi-
gations are in progress12 in order to ascertain whether or not this is a general
result.
R R R R
A e, ) (+%) (I; %) (+3/2), ¢ . %) (+4) ¢, )
7 N o e 07 Sg; o7 N
O e > "\ e
(+3) W w2/ @ @ *)
Cu Cu Cue Cu Cu? :Cu Cus : sCu
o ° % DY ° o oo o ." .oon
Yo 0; ‘0 Pl O /. ) O
e ) T ) )T () (+%) ‘f %)
R R R R

(11) (12) (13) (14)

8-1(d) Covalent-Ionic Resonance and Approximate 6-Centre Molecular Orbitals
The covalent-ionic resonance described in the previous section may be related to an
approximate 6-centre molecular orbital treatment for a pair of 0-Cu(II)-O moieties.
(The extension to form 10-centre molecular orbitals requires an elaboration of the
6~-centre treatment). Because the overlap between the molecular orbitals ¢; and oi'

of the two moieties is small, it is a good approximation to construct the canonical
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molecular orbitals (vi) with Dy symmetry by adding and subtracting pairs of
L}
equivalent L and ’i' Thus, ignoring overlap integrals in the normalizing con-

L]
stants, and assuming that the ¢ i and ’i are normalized, we obtain

Yy = (0g +00)/2% vy = (8 - 09)/2%

]

V3= (0p + 020/2% , uy = ey - 0)/2% (2)

! L] ! ]
vs (03 + 03)/2 ’ Vs = (03 he 03)/2
The S = 0 and § = 1 canonical molecular orbital configurations 1‘1’1(M0),

112(Mo) and 3\y3(Mo) of Fig. 8-4 transform with Ag' A andB1u symmetries, respec-

g
tively. By using the identity of Eqn. 3-15 for pairs of electrons with parallel

spins - for example
L] L3 .
VIV E - 0feq% . ¥3¥G = - 030,% and vEvg = - 050"

it is easy to deduce that

1 _ 1 1
¥1(MO) = Woovalent * Yionic (3)
v, (o) =-Tv + Ty (4)
2 ~ *covalent ionic
3 -3
¥3(MO) = "Yooyalent (5)
Configuration interaction (Section 3-3) is possible between the s = 0
configurations, to give
1 1y 1,

¥(c1) =cq *1(MO) + C, ¥3(MO) (6)
z (cq-c)y +(Cq *+C) Wi (7

= 1 2 covalent 1 2 ionic

In Section 10-3, the configuration interaction theory is described for
(symmetrical) 6-electron 4-centre bonding units using non-approximate canonical

molecular orbitals.

8-2 cCu(II)-x-cu(II) LINKAGES

The 4-electron 3-centre bonding for linear triatomic M-X-M linkages has

15-18 1

received much attention since it was first described by Kramers For this

type of linkage, the M are paramagnetic cations, each with a singly-occupied orbital
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that overlaps with a doubly-occupied orbital of a closed-shell anion X (c.f. Figure

2-4 for Ni2*027NiZ2%).

The paramagnetic cations are too widely separated for their
orbitals to overlap significantly, and the phenomenon of superexchange (Section
8-1), i.e. the delocalization of electrons from the doubly occupied ligand orbital
into the singly occupied cation orbitals, has been invoked to account for the
observed antiferromagnetism of solids such as NiO and KNiF3 with linear M-X-M

linkages.

S GBS O, ﬁ@% Ny a&@
&%&%@%@%@%&%

Figure 8-5 Atomic orbitals for Cu(II)-Cl-Cu(II) and Cu(II)-OH-Cu(II) linkages. The
d-orbital for each Cu(II) ion may involve some hybridization with other
d-orbitals; see for example Ref. 27.

In numerous binuclear transition metal complexes with M-X-M linkages, the
M-X-M bond-angles deviate appreciably from 180°. For non-linear M-X-M linkages, a
6-electron 3-centre bonding unit may be established, as shown in Figure 8-5 for a
cu(II)-cl-Cu(II) linkage of Cuzcl%-. The singly-occupied orbital of the metal ion
can overlap simultaneously with two orthogonal p orbitals on each ligand. Both
ferro and antiferromagnetic complexes have been characterized. In Tables 8-2 and 8-
3, we have reported experimental estimates of the values for the singlet-triplet
energy separation (-2J) for some Cu(II)-OH-Cu(II) and Cu(II)-Cl-Cu(II) complexes.
For the hydroxo-complexes, a near linear relationship has been found to exist3
between the M-OH-M bond-angle and -2J. (Some exceptions to this linear relationship
have been more recently reportedzo.) We shall now give consideration to the
different types of theories that have been invoked to rationalize the variation in

magnetic behaviour with bond-angle for M-X-M linkages.

27 (em ) 0™ -27(em ) 0
[cu(bpy)OH] , (NO,) , -172 95.6(1) 3—[Cu(dmaep)OH]2(C104)2 +200 100.4(1)
[cu(bpy)OH] (c1o4)2 - 93 96.9(2) [Cu(tmen)OH] , (C10,), +360 102.3(4)
lCu(bpy)OH] 0, 5H,0 - 49 97.0(2) [Cu(teen)OH]z(ClO4)2 +410 103.0(3)
[Cu(eaep)OH]z(ClO4)2 +130 98.8-99.5(3) [Cu(tmen)OH]zBrz +509 104.1(2)

Table 8-2 -27 and Cu-OH-Cu bond-angle for Cu(II) hydroxo-bridged dimers (bpy =
2,2'-bipyridine, eaep = 2-(2-ethylaminoethyl)pyridine, dmaep = 2-(2-
dimethylaminoethyl)pyridine, tmen = N,N,N',N'-tetramethylethylenedi-
amine, teen = N,N,N',N'-tetraethylethylenediamine).
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27(em™) 0 —2J(em Yy (%)
a
[ (DMG)CuCl, 15 -6.3 88 [MeZNH2CuCl3] 2 +5 95.6
- . KCuCl +55 5.
[Ph4AsCuC13]2 33 93.6 [KcucC 3]2 . 95.9
[LiCuCl3,2H20] 2 >0 95.1 [ (Guan)CuCl3] 22}120 +82.6 98
4- c
Cu,Cly +14.6 95.2 [ (2-Me (py) ) 2CuC12] 5 +7.4 101.4
Table 8-3 -2J and bridging Cu-Cl-Cu bond angle for Cu(II) chloro dimers. From

R.D. Willett, Chem. Comm. 607 (1973) and R.F. Drake, V.H. Crawford, N.W.
Laney and W.E. Hatfield, Inorg. Chem. 13, 1246 (1974). apMG =
dimethylgloximine Guan = guaninium °2-Me(py) = 2-methylpyridine.

(a) Vvan Kalkeren, schmidt and }3lock16 have shown that if the M-X-M linkage is treated
as a 4-electron 3-centre bonding unit for all bond-angles, the wave function for the
valence-bond structure Me g‘l:(:. M exhibits ferromagnetic coupling for the metal-ion
electrons when the bridging bond-angle is around 90°, and antiferromagnetic coupling
for rather smaller and larger bond-angles. In these calculations, full account is
taken of the overlap that exists between the ligand and metal-ion orbitals, and no

superexchange_seems to be involved in the treatment. The § = 0 valence-bond

- ~
e

N

structure H-/ ¢X* M is an example of a "long-bond" structure. A similar type of
o

magnetic behaviour has been calculated by these workers using the molecular orbital

procedures described in Refs. 8, 14 and 19 for the 4-electron 3-centre bonding unit.

(b) If the M-X-M linkages are treated as 6-electron 3-centre bonding units, an
understanding of the magnetic behaviour must involve the following types of
superexchange considerations14, for which the Goodenough-Kanamori theories21-28

provide particular examples.

For the Cu(II) carboxylates, the 1vcovalent and 3“'covalent configurations of
Figure 8-3 are essentially degenerate (Section 8-1(b)) if the very weak overlap that
exists between the orbitals of two O-Cu-O moieties is neglected. However, for the
Cu(II)-X dimers, 3wcovalent must have significantly lower energy than 1wcovalent'
This is primarily because although the two p-orbitals of each bridging ligand are
orthogonal, the one-centre exchange integral ffpx“)Py(2)t151py(1)Px(2)¢’1dV2 has
appreciable magnitude. Consequently, if the p-orbitals become singly-occupied, as
in valence-bond structure (15), Hund's rule of maximum spin multiplicity (Section
1-2) requires that the electron spins be parallel in the lowest-energy state.
Valence-bond structures of type (15), together with structures of types (16)-(18),
are those that contribute to the '¥ t and 3y

covalent ©f Figure 8-3. The

t ensures that this latter

covalen

contribution of (15) with parallel spins to 3?covalen

function has a lower energy than has 1‘1’ alone (with antiparallel spins for

covalent
the two magnetic electrons of structures of types (15)-(18)). Therefore

consideration of 3Vcovalent and 1*covalent leads to the prediction that Cu(II)-X



97

dimers have ferromagnetic ground-states, if each of (15)-(18) participates in
resonance for both the §s = 0 and § = 1 spin states. However, 1wcovalent can
interact with wionic' and some stabilization of 1‘”covalent may then occur, the

origin+ of which is being currently investigated.

Thus, according to this 6-electron 3-centre analysis for Cu(II)-X-Cu(II)
complexes, there is a competition between an tendency for ferromagnetism due to a
preference for parallel spins in valence-bond structures of type (15), and a
tendency for antiferromagnetism when the S = 0 covalent structures of types (17) and
(20) participate in resonance with § = 0 ionic structures of types (19) and (21).
Whichever has the greater tendency for a particular complex will determine the

magnetic properties of the ground-state.

(+)

% : R X
(+) (+) (+2) (+2) (+) S 42) U (+)
Cu? :Cu Cus=======«Cu Cu: SeCu Cus \ «Cu
. A
X X
)
(15) (16) (17) (18)
x: % oK
) XL 2 (1) N (2) #2) e ) (+2) +)
Cus S eCu Cu? SeCu Cu+” Cu Cu.” :Cu
X X X
2 3] 8]
(17) (19) (20) (21)

For angular Cu-X-Cu linkages, the simplest type of Goodenough-Kanamori theory
involves resonance between covalent structures of types (16) and (17). Calculations
of this type (together with the mirror-image for (17), namely (20)) have been
reported by Barraclough and Brookes30,

The 6-electron 3-centre bonding scheme for Cu(II)=-X-Cu(II) linkages with X =
halide or 02-, is also appropriate for X = OH™ if it is assumed that two equivalent
p-orbitals of OH  accommodate the lone-pairs of electrons. The O-H o-bond of HO™

then must utilize the oxygen 2s orbital for bonding. The oxygen (O°) valence-state now

t This must Include at least the overlap between the oxygen and copper atomic orbitals that are singly-

occupied in structures of types (17) and (20). This overlap Is non-zero when the Cu~X-Cu bond-angle Iis
not equal to 90° For Cu(l)-CI-Culll) Iinkages, this overlap is the only type between the Cu(ll)-Cl
moleties that can be non-negligible in magnitude; the Cu-Cu distances of > 3.2 A are too large for the
copper orbitals of Figure 8-5 to overlap significantly.
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involves the promoted sps, V4 configuration. If it is considered that the non-
promoted szps, V4 is the primary valence-state configuration (as it would be in free
OH”), then the primary oxygen orbital involved in the 3-centre bonding is the
2pm-orbital of Figure 8-5. The 4-electron 3-centre bonding theory then becomes
relevant for the Cu(II)-OH-Cu(II) linkages.

For both types of Cu(II) complexes of this chapter, we have not given
consideration to the utilization of the copper 4s and 4p orbitals for bonding to the
oxygen atoms of the carboxylate, hydroxo and chloride ligands. If these orbitals
are included, Pauling "3-electron bond" theory is still appropriate for the valence-
bond description of the bonding. Geometrical requirements would require the
2+

utilization of (approximately) dsp2 hybrid orbitals of Cu Prior to bonding to

the ligands, three of these orbitals are vacant, and one is singly-occupied.

2+

Because each Cu ion of either complex is

involved in bonding to four oxygen or halide

ligand atoms (see Fig. 8-1), it can participate /\

in the formation of three electron-pair bonds 9 o
and one Pauling "3-electron bond", as shown in * o— |T™™—o
(22), for example. The Cu(II) carboxylate and C.u‘/ Cu‘/
Cu(II) hydroxo or chloro dimers are, therefore, 0/] 0/.

. . S~~~/ — *
examples of hypoligated complexes (Section 5-1). | .
In the discussion of this chapter, we have o) [0}
omitted the 4s and 4p orbitals, because the odd- \—/
electron charge in a copper orbital is consi-
dered to be primarily 34 in character. (22)
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CHAPTER 9
EXCITED STATES

It is frequently considered that valence-bond theory is not easily adapted for
qualitative descriptions of molecular excited states. No doubt this is often true.
However, for some simple systems at least, there exists an elementary valence-bond
counterpart for each molecular orbital description of the excited state. To demon-
strate this point, we shall give consideration here to a few types of electronic

excitations.

9-1 Hy : c > o* ; CoH, x > x*

For the H, ground-state, the covalent bond for the valence-bond structure
H—H involves a pair of shared electrons with opposite spins. In Section 3-3, we
have discussed the simplest wave-functions that may be associated with the electron-
pair bond, namely the molecular orbital and Heitler-London wave-functions of Eqgs.
(1) and (2) here, in which 1s, and 1sy are a pair of overlapping atomic orbitals.
The appropriate spin wave-function for either of these spatial wave-functions is the

S = 0 wave-function of Eqn. (3).

¥1(MO) = 0(1)0(2) with o = 1sp + 1sy (1)
¥, (HL) = 1s,(1)1sg(s) + 1s5(1)15,(2) (2)
Vepin(S = 0) = {a(1)B(2) = B(1)a(2)}/2” (3)

Let us now excite an electron from an orbital of each of these two wave-
functions, and examine the resulting wave-functions and valence-bond structures.
When an electron is excited from the bonding o-molecular orbital of ¥,(MO) into the
vacant antibonding orbital o* = 1sA - 1sg, we obtain the excited-state wave-
functions of Egs. (4) and (5), which have respectively parallel and antiparallel
spins for the two electrons. (In Egs. (4) and (5) the S and S, spin quantum numbers
have the following values: ¥,(MO) : S =1,5, =1, 0, and -1; ¥3(MO) : S =35,
= 0.)

a(Na(2)
¥,(M0) = {a(1)o*(2) = o*(1)o(2)} x {a(1)B(2) + B(1)a(2)}/2!’ (4)
B(1)B(2)

¥3(MO) = {o(1)o*(2) + o*(1)0(2)} x {a(1)B(2) - B (1)a(2)} /2" (5)
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If we substitute 1s, + 1sg and 1s, - 1sg for ¢ and o* into the spatial compo-
nents of these wave functions, we obtain Egs. (6) and (7) (with the same spin wave-

functions as for Egs. (4) and (5)).

¥,(MO) = ¥Y_(HL) = -2 {1s3(1)1s5(2) = 1sg(1)1s,(2)} (6)

¥3(MO) = ¥_(ionic) = =2{1s,(1)15,(2) = 1sg(1)1sx(2)} (7)

From each of these latter wave-functions, we may generate a valence-bond
structure for an excited state. If we designate the two electrons with parallel
spins for \I'Z(MO) as crosses (x), we obtain the valence-bond structure; :1 from
¥,(MO), because each atomic orbital is singly-occupied. For \1'3(M0), the two elec-
trons have opposed spins, and the configurations 1s5,(1)1s,(2) and 1sg(1)1sg(2) of
Eq. (7) locate the two electrons in the same atomic orbital. The resulting valence-
bond structures are the ionic structures Hf_) B(+) and n‘” :n(‘) and these
participate in resonance. The ¥3(MO) of Eq. (7) involves a minus (-) linear combi-
nation. It is also possible to write down the (+) linear combination, namely the
¥, (ionic) of Egn. (8). Therefore, there are two types of resonance between ionic
structures, which correspond to the existence of the two ionic wave-functions of
Egs. (7) and (8). To distinguish them, we shall put a + and - sign above the
resonance symbol. Thus

(=) (+) (=) (+) (=)
¥3(MO) = ¥_(ionic) + HH H +«—— H 3

(=) (+) () (+) (=)
¥, (ionic) = 1s,(1)1sp(2) + 1sg(1)1sg(2) + H H «—— H H (8)

Inspection of Eqn.(6) for ¥,(MO) shows that it corresponds to the Heitler-
London function obtained when the + of Eqn.(2) is replaced by a - ; this is a
result that we have obtained previously in Section 3-5. We may also obtain ¥3(MO)
( = ¥_(ionic)) from ¥, (HL) by exciting an electron from one atomic orbital into the
other and changing the sign of the linear combination. (The sign change is neces-
sary in order to satisfy the spectroscopic rule that an "even" + "odd" excitation is
allowed, whereas both "even" + "even" and "odd" + "odd" excitations are forbidden.
The "even" and "odd" character of ¥, (HL) and Y_(ionic) refer to the behaviour of the
wave-functions with respect to inversion through the centre of symmetry of the
molecule. Thus ¥ (HL) and ¥, (ionic) are symmetric (even) and ¥_(HL) and ¥_(ionic)
are antisymmetric (odd).)

To summarize this section, we may write‘r

X X X 0 (=) o X
More fully, the parallel-spin states have the valence-bond structures H H, H H «—— H H, and

H for each of the spin-states of Eqn. (4) wlﬂ\sz = +1, 0 and -1. However, we (continued next page)

+
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(+) (=) (=) (+) (=)
H ¢8H e&—— H: H
H—H
X X
H H

—
~

to obtain valence-bond structures for the singly-excited states of H,. According to
X

Hund's rule of maximum spin multiplicity, the parallel-spin state (H H) has a
(=) () (o) (+) (=)
lower energy than has HH H <+«—— H $H with antiparallel spins.

The n-electrons of ethylene may be similarly treated. When one w-electron of

the ground state H,C==CHjy is excited, we obtain the valence-bond structures

(2] (+) (+) -
X X XO (-) X0
Hzc CH2 and Hzc CHZ C— Hzc CHZ

for the § = 1 and § = 0 excited states of lowest energy.
For isoelectronic formaldehyde HyC—Q3 the corresponding valence-bond

structures are

- (+) (+ )
X X X0 (<) X0
Hzc 93 and Hzc g: > Hzc g:

However, because oxygen is normally considered to be more elecironegative than

(+) (<)
carbon, the weight for HyC—02 would be expected to be larger than that for

(z) (+)
uzc—gz

9-2 n + x* TRANSITIONS

For HpCO, low-lying excited states are obtained when (essentially) a non-
bonding (or lone-pair) oxygen electron of the ground state is promoted into a
n-electron orbital. This excitation is normally discussed in terms of a molecular
orbital description for the m-electrons, and we shall initially use this type of
treatment here. »

The oxygen non-bonding electrons for the ground state occupy the 2s and 2p7w
orbitals of Fig. 9-1. The C-0 wn-bond involves a doubly-occupied m-electron

molecular orbital, namely
Tco = Tc * ko (9)

in which Te and 1y are carbon and oxygen 2prn-orbitals and k > 1.
The 2pn-electrons are less firmly bound than the 2s electrons, and therefore,
less energy is required to promote a 2pn-electron. The 2prn-orbital is often

(continued from previous page) shall usually use only a single valence-bond structire to represent an
S = 1 spin-state.
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cHg

Figure 9-1 Lone-pair atomic orbitals for H,CO and CH3NO.

designated as n and we shall use this notation here. The vacant orbital of lowest-
energy for the excited n electron is the antibonding C-0O r*-orbital of Eqn. (10),
with k' > 1. Two excited configurations may be constructed according to whether the
two singly-occupied orbitals (n and "::0) have parallel or antiparallel spins for the
two electrons. Each excitation is designated as n + n*, and the resulting configu-
rations are given by Egs. (11) and (12), together with the spatial wave~functions

for the two singly-occupied orbitals.

oo = kg - 1 (10)
(o) 2trg) m ', s = 15wl (1a(2) - a(rgg(2) (1)
(re)2tme) 11, s = 05wl (1)a(2) + a(Nmpg(2) (12)

Each of these excited configurations has a Pauling "3-electron bond" compo-
nent, namely (ﬂco)z(ﬂ;0)1, which is equivalent to the configuration ("C)1("C0)1("0)1
with two non-bonding electrons and one bonding electron (c.f. Section 3-6). The
non-bonding electrons, which occupy the Tc and 1y atomic orbitals, have parallel
spins. If the ﬂéo electron is assumed to have an s, = +1/2 spin quantum number,
then the valence-bond structure for this m-electron configuration is é o 3 (or cxoX0
according to the Pauling notation). 1In the configurations of Egs. (11) and (12),
the n electron has its spin either parallel to or opposed to that of the “;0 elec-
tron. Therefore the resulting valence-bond structures for the two excited states

* : .
that are obtained from the n + m excitations are

(%) (+%) (-)'/(5) (*)-(‘/:)
X X
HyC _o 2: and HoC P~ 2 g;

In Section 3-6 we have deduced that for any Pauling "3-electron bond", the

. L4 Ll Ld . id
valence-bond structure A ¢ B is equivalent to the resonance of A B «+ A .B.



Therefore, we may write

(-%) (+%) (3 (+)
X o x x  ox ()

HC—2—0: = : C——0¢
2t — )(. — Hzc 9- > Hzc ——go
and
(% +% N
x) o (x ) — X ox ) (}o (,+(,)
HoC (o = H,C 0: <«—> HyC——0:
o o o

Because the n orbital is orthogonal to each of the e and To atomic orbitals,
no bonding can occur due to the existence of opposed spins for the n and unpaired =
electrons in each of the latter structures for the s = 0 state.

In summary, the valence-bond descriptions of the n+ n* excitations may be

written as (%) (+%)
H,C —2—0t

2 O.

HyC =03 (%) (%)

\ é o 6.

with the parallel-spin state having the lower energy. H2 X

If a Heitler-London description of the C-O n-bond is used, the ground-state
configuration involves the atomic orbital occupancies of (nc)1(n0)1(n)2, S = 0, with
antiparallel spins for the WC and 'no electrons. When an n electron is excited,
either one of the Te or m, orbitals becomes doubly-occupied to generate
('c)z‘"o)1‘“)1 and ('rr(._.)1(1r0)2(n)1 configurations. Ignoring spins, the resulting

valence-bond structures are

0@
HoC O  ana HoC

(.)3

and resonance between these structures generates the Pauling "3-electron bond"

structures that we have previously described.

9-3 CH3NO and 03 : "n > w*"

The measured C-N and N-O bond-lengths for CH3NO are 1.48 IO\ and 1.21 l‘; (section
2-3). Pauling's estimates of 1.47 and 1.20 ;\ for the lengths of C-N single and N-O
double bonds suggest that the standard Lewis structure /"u='6: reasonably repre-

CH3

sents the ground-state electronic structure for CH3NO. The descriptions of the
electronic states that are obtained by m + ©* excitations are similar to those
described for both CyH, and H,CO in Section 9-1. However the descriptions for the
n + 7* excitations require some elaboration, because a lone-pair electron can be

excited from either an oxygen 2pm orbital or a nitrogen hybrid orbital.
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Thus, we may write

(-%) (+%) (+%) (-%)

& o.. - * o, o o .-. * ...
N——=O0: 5o /N N 9' /N ———¢H ~No I§| = 9.
—_— —_—
CH3 CH3 CH3 CH3

in which the spin designations have been omitted. In each of the excited-state
structures, there is a Pauling "3-electron bond" for the m electrons.

Because the hy and io atomic orbitals overlap (Fig. 9-1), these two structures
will participate in resonance, and a second Pauling "3-electron bond" will be

generated, i.e. we may write

(%) (+%) (+2) (%) . .
N—0: N——0: N——0t
CHg CHg CHj

Alternatively, because the n-orbital configuration (hN)l(nNo)i'(io)1 for the

Pauling "3-electron bond" is equivalent to (nNo)"Z(nlt']O)1 in which

- * * -
fyo = hy * kmg and  nyo = k by - 7,
* *
we may describe the electronic excitation as an ny, + ™o excitation, i.e. as

(nyg) 2(my ) 2my)? » ()2 (g ) Mimyd 2(ap )t .

The S = 1 excited state is predicted to have an N-O bond-length which is
similar to that of the ground-state, and a linear arrangement for the C, N and O
atoms. The linearity will improve the overlap that exists between the hy and ;O
orbitals (hN "grows"into '-'N) and thereby increases the strength of the Pauling
"3_electron bond" for the three n electrons (provided that the overlap integral does
not exceed 1/3 cf. Section 3-10).

O3 is isoelectronic with CH3NO, and a linear S = 1 excited state may similarly

* *
be obtained by ngo + Moo ©Xcitation. The resulting valence-bond structures are

(=) (+) (+) () (%) (+) (%) (-%) (+) (%)
) X o X X o X ox X o X ox S X_o X
:23 Q¢ 0759 & Y 2= Q: and 105 Q oxX

In each of these structures, there are five n- and five 7= (or five Ty and
five uy) electrons, which form two orthogonal 5-electron 3-centre bonding units.
The S = 1 delocalized molecular orbital configuration for the ten electrons is
formally identical with that for 3"covalent of Fig. 8-3, and is equivalent (Section
6-4) to resonance between the four valence-bond structures with an equal

contribution from each structure.
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9-4 O03: T ony and n, > =w

For the ( Z ) ground-state of 0O,, the m-electron configuration is
00 =Ta*Tg+ Ty = Tgp = Ty * 7p

* *
antibonding ‘l; and 11; electrons have parallel spins (Section 4-3). If amn, Ty

* : : <
excitation occurs, with spin inversion, the (nx)z(ny)z(n )2 configuration is

(nx) (nx) (ny)z(n in which Ty =T etc., and the

*
obtained with valence-bond structure .0——0.. Similarly a ﬂy + T, excitation with
spin inversion generates the (m,) (‘II )2 )2 configuration with valence-bond struc-
ture .0=0.. Two linear combinations of these degenerate excited configurations

may be constructed, and therefore two types of valence-bond resonance are possible,

namely
(+) . (=) o .
:0=—0; +— :0—0: and 0=——0D! «—— $0—0:
In Section 4-3, it was indicated that the two electronic states that corre-
spond to these resonances are designated as 12; and 1Ag respectively, A second 1Ag

state, which can be shown to be degenerate with that described above, is obtained
*
from the (ﬂx)z(l;)1(ﬁy)2(ﬂy)1 configuration, with opposed spins for the antibonding

* *
Ty and 7 electrons. The valence-bond representation for this latter state is

y
X o X (+) 0,0
$0%0! «—— 30—0S
0 0 x 0 x

*
if the order of the antibonding spatial orbitals is (1r;'()1(1ry)1 in each of the two

configurations. (We may note here that the

X o X (=) [e} x 0
0 +— $0—02
o X o x O x

resonance represents the S, = 0 component of the 31:; ground state.)

If a bonding m, electron is promoted into the singly-occupied antibonding 'u;
orbital of '‘the ground-state, the configuration (‘lx)1(‘l;)2(ﬂy)2(l;)1 is obtained
(with either parallel or antiparallel spins for the two unpaired-electrons). The
(‘lly)z(‘ll*)1 and (ﬂx)1(‘l;)2 configurations are respectively equivalent to
(fA)1(1ry)1(1TB)1 and (IIA)1(11;)1(‘KB)1- The first of these generates the Pauling
"3-electron bond" structure 6 . (.) = '6 6 PGSR (') .6. However, the
(ﬁA)1(ﬂ;)1(ﬂB)1 configuration is antibonding, and no single valence-bond structure
may be written down to indicate the presence of an electron in an antibonding
orbital. The only obvious representation involves the use of two structures, i.e.
to write .O. 6 4—(—-)—> 6 8 with 4(-—)—-» originating from the antibonding character
of ‘n; =T, - Tg. When the electron spins are not indicated, the
('x)1(";)2("y)2(“;)1 configuration may be represented by the following resonance:

(—iz.) (.+‘z) (=) (+’5.) (.:‘:)

1008 — 1031 .
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Corresponding valence-bond structures may also be constructed for the
*
('lx)z(ﬂx)1(ny)1(w;)2 configuration, and all four structures participate in resonance

12; and 1Au states. We shall not elaborate on the nature of

to generate excited
these states here; the chief purpose for introducing them is to show that (1:)"(1r"')2
diatomic configurations (and their (-0)1(0“)2 equivalents) require two valence~bond
structures to represent them, i.e. no single valence-bond structure is available to

represent configurations that are overall antibonding.
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CHAPTER 10
PAULING “3-ELECTRON BONDS” AND “INCREASED VALENCE” THEORY FOR N2Oy

10-1 PAULING "3-ELECTRON BONDS"™ AND “"INCREASED-VALENCE" STRUCTURES FOR
Ny04

In Section 7-1, we used the NO, Lewis structures of types (1) and (2) to
construct Lewis structures for N,04. TO do this, we have spin-paired the odd-
electron of one NO, moiety with the odd-electron of the other moiety, to obtain the
Lewis octet structures (3)-(7) of section 7-1 for N;04. 1In Secticn 6-1, we have
also indicated that resonance between the NO, Lewis structures (1) and (2) may be
summarized by using the Pauling "3-electron bond" structure (3), waich has (frac-
tional) odd-electron charge located in both the nitrogen and oxygen atomic orbitals.
Because (3) (in resonance with its mirror image) helps to provide a more economical
representation of the electronic structure for NO,, it should be possible to use (3)
to provide a more economical representation of the electronic structure for NyO4.
This is achieved by bonding together two NO, molecules, each of which is represented
by valence-bond structures of type (3). The resulting valence-bond structure! isg
(4), which has both a (fractional) N-N bond, and (fractional) "long" N-O and 0-0
bonds. It then follows that because the Pauling "3-electron bond" structure (3)
summarizes resonance between the Lewis structures (1)- and (2) for NO,, valence-bond
structure (4) for N,0, must be equivalent to resonance between the Lewis (octet)
structures (3)-(6) of section 7-1. Consequently, a considerable economy in the
valence-bond representation of the electronic structure of N,0, is obtained by

writing down valence-bond structure (4).

CRN &% o. co O

\N.H > \N: = \ "%) (’U’%/‘.
o(/) :.'0./ ::o./ o{ -:_---: >6-.

%) %) %)

i
/

(1) (2) (3) (4)

A comparison of the valence-bond structure (4) above, with each of the Lewis
structures (3)-(6) of Section 7-1 reveals that there are two additional bonding
electrons in (4). Therefore this structure has been designated as an "increased-
valence" structure! to indicate that additional bonding electrons are present. From
the discussion presented in the previous paragraph, it follows that because (4)
summarizes resonance between the Lewis structures (3)-(6) of Section 7-1, this

"increased-valence" structure must be more stable than any of the component Lewis
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structures. N,0, is an example from a large class of molecules, namely the
"electron-rich" tri- and polyatomic molecules, for which "increased-valence" struc-
tures can be written down. 1In Chapters 11, 12 and 14 we shall describe in more
detail how this may be done. Here, we have introduced the subject to demonstrate a
further connection between the Pauling "3-electron bond" theory for NO, and the
Lewis valence-bond theory for N;04. These theories may also be related to the
molecular orbital theory of Section 7-2 , and we shall review these latter

connections in the next section.

10-2 “INCREASED-VALENCE" STRUCTURES AND MOLECULAR ORBITAL THEORY FOR No0,4

It is initially helpful here to re-examine the molecular orbital configuration
(61s8)2 for H, (section 3-3), with 01s = 1s, + 1sg. This configuration may be
expressed as Y in which the ¥

(1) and (2).

covalent * Yionic’ covalent 274 ¥;,, . are given by Egs.

Y

covalent = 18a(1)1sg(2) + 1s5(1)1s,(2) = ¥(B—H) (1)

¥ 15,(1)18,(2) + 1sp(1)1s5(2) = y(BF H') + y(H' 38) (2)

ionic <

The Y t is the Heitler-London wave-function for the electron-pair bond

covalen
of H, (Section 3-3). For the ten "mobile o-electrons" of Figure 7-2 for NyO4 (with
the remaining electrons localized as they are in the valence-bond structures of
types (3)-(7)), the lowest-energy molecular orbital configuration may be expressed
as Yoovalent ¥ Yionics in Which ¥ooya1ent = ¥(OpN—NO3) and ¥ 450 = V(NO;NOE) *
‘P(NOENO%). The Y.ovalent 1S the wave-function for "increased-valence" structures of
type (4), with a Heitler-London type wave-function used to describe the covalent
bonding that occurs between the NO, moieties.

A simplified derivation of this result for N,0, may be obtained from further
transformations of the orbitals for the six-electron configuration of Eqn. 7-10,
namely Egn. (8) heref. For this configuration, the s,, s3 and y, orbitals are
defined in Egs. 7-1, 7-2 and 7-4. The symmetry orbitals s; and s3 of Egn. (8) may
now be linearly combined to form the new molecular orbitals y; and y3 of Egs. (3)
and (4), for which the parameter y is the same as that which occurs in the wz of
Eqgn. 7-4. The latter molecular orbital may also be expressed as Eqn. (5). In Egs.
(3)=-(5), the s ®Re 0;‘ and ¢; are the L-moiety and R-moiety N-O bonding and
antibonding molecular orbitals defined in Egs. (6) and (7). The molecular orbital
configuration ¥ ,(MO) of Eqn. (8) may therefore be transformed to give Egs. (9) and

(10). On expansion of Egn. (10) in terms of the NO,-moiety molecular orbital

t Although for completeness we have formulated the 6-electron wave-functions as Slater determinants
(Section 3-7), this formulation Is not required for the algebra of this chapter.
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configurations, we obtain Eqn. (11) with the ¥ defined in Egs.

covalent @04 ¥jopic
(12) and (13).

W= (83 + usy)/(1 + wh)T = oy + 0g)/2" 3)
Ve = (usy = 51)/C1 + ut)" = (o + op)/2" (a)
Vo = (g + usy)/(1 + u)® = (op - 0g)/2" (5)
op = (Fy + uhy)/(1 + uh)%; ep = (uhy + Tg)/(1 + u2)t (6)
of = (WFy - By)/(1 + uE)?; ep = (=hy + uTg)/(1 + ut)™ (7)
v o) = 1S BSeBu vl = 122520 = 1522 (s5)2 (8)
= 1202302 (9)
or + 0x 2
L R
= | (ep)%00p)2 ( ——) { (10)
>
2 (‘ycovalent ?1on1c)/2l’ an
Yoovalent = (lofefoZefor%oc® 1 + lofofogofer” °LB|)/2 (12)
Yionic =  (lefefegefer®erfl + I"g"g"n"a"n%*el)/z (13)
Because the Pauling "3-electron bond" ‘ng"gb“';% = -a"wgbba (section 3-6) when

Vap and w;b are normalized excluding overlapping integrals, the Y _,yajent ®aY be
further transformed to give firstly Egn. (14) and then Egn. (15). 1In the latter,
the ¥3 - ¥g are the bond-eigenfunctions or valence-bond structure functions for the
six electrons that occupy the i.', h2, h3 and i4 orbitals of the Lewis structures (3)

to (6) of Section 7-1.

= a B
Yoovalent = (1T50ER3 h3¢’R RS UL h3°R 4“/2 (14)

(¥3 + ulyy +¥g) + ¥ /010 + @) (15)



m

10-3 "INCREASED VALENCE" THEORY AND CONFIGURATION INTERACTION FOR
Ny0,4

Although it is not required for the "increased-valence" theory of the subse-
quent chapters, it is appropriate here to discuss aspects of configuration interac-
tion (C.I.) theory for N,04. In particular, we shall demonstrate that the Y., ysjent

of Eqn. (12), which contributes equally with ¥ to the lowest-energy molecular

ionic
orbital configuration ¥,(MO) of Eqn. (8), is the primary component of the lower-
energy C.I. wave-function obtained by linearly combining ¥,(MO) with the ¥,(MO) of
Eqn. (16). This result is similar to that which pertains for the ground-state of H,

(section 3-3).
¥,m0) = [vSuBuguiugvl (16)

Because y3 of Eqn. (8) is N-0 antibonding (c.f. Eqn. 7-5), it is the highest~
energy occupied orbital of ¥,(MO). When two electrons are excited from y3 to the
vacant orbital Y, of Egqn. 7-6, (which is both N-O and N-N antibonding), the lowest-~
energy doubly-excited configuration YZ(MO) of Egn. (16) is obtained.

It is now helpful to express the ¥, of Eqn. (16) in terms of the orbitals 0'1
and w; of Egs. (3) and (4), in which the latter orbitals are defined in terms of the
parameter p. With ¥, defined in terms of A according to Eqn. 7-3, we obtain Eqn.

(17).

vy o= L0+ W)+ = DA+ ) (1 + 0F = xby + gy (17)

By substituting Egn. (17) into the ¥,(MO) of Eqn. (16) and then expanding
Yz(MO) in terms of configurations that involve the w.ll, Voo wa' and ¥4 orbitals, we
obtain Eqn. (18), in which the \l';, Y;' and \f;*' are given by Egs. (19), (21) and
(23). By using techniques that are similar to those used to obtain Egn. (11) from
Eqn. (8), these three configurations may be transformed to give Egs. (20), (22) and
(24). In the latter configurations, the Y¥_ uajent and Y¥jonic are given by Egs. (12)
and (13), and the y* and \y** configurations are obtained from the ¥ configurations

by means of the excitations indicated in Egn. (25).

¥,(M0) = x2¥,(M0) + 2%xyy, (MO) + y2¥3 ™ (MO) (18)
v(M0) = v v B vgviedes (19)

= (¥oovalent * Yionic)/2 (20)

vi o) = Clui®usBudvBugel | + lus®eiBudvBugud i) /2” (21)

w

* * %
(“¥covalent * Yionic)/? (22)
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A N A (23)

_ * % ** P

= (-¥Yoovalent * Yionic)/2 (24)
* * * *

Yoovalent @74 Yjonic ¢ 9 * 9 ©OF ¢g * ¢g

* % * *
Yoovalent 3 ¢, * ¢ and ¢ép + ¢g (25)
* %

e s e en? or ep? e (ep)?

Configuration interaction is invoked by linearly combining ¥,(MO) with ¥,(MO),
according to Eqn. (26). The coefficients C, and C, are chosen so that the energy of
this linear combination is a minimum, a necessary condition for which is that M:/i.-)c1
= 3E/3C, = 0, where E=(C2H,, + C3H,, + 2C1CoH,)/(C3 + C3). The integral H,,
= J'?.l(MO)l;‘l'z(MO)d'r may be shown to be equivalent to ff¢3(1)w4(2)(692/r12)w4(1)w3(2)
dv,dv,, which is > 0. For a finite N-N internuclear separation (r(NN)) withHy, >
Hyq, it is easy to deduce that |Cq| > |C,| and that ¢4 > 0 when C; < 0. By
substituting Egs. (11), (20), (22) and (24) into Y., we obtain Egqn. (27), which
indicates that Y _,yas1ent fOF "increased-valence" structure (4) is the primary

contributor to the lowest-energy linear combination of ¥,(MO) with ¥,(MO).
¥Y(CI) = Cq¥,(MO) + Cy¥;(MO) (26)
= 2 v 2 L’
= {(Cq = x*C3)¥covalent * (C1 + X*C3)¥;5n501/2
* * 2 * %k * & .
* CZ{Xg("ycovalent + "ionic) ty ('ycovalent + *ionic)/z } (27)

When r(NN) = «, ¥,(MO) and ¥,(MO) are degenerate and therefore ¢, = —C,
2

27°. The parameters A and yu are also equal for this distance, and therefore x

1 andy = 0. The ¥(CI) of Egn. (27) then reduces to ¥ . yalents i-e. this C.I.
wave-function for N,0, generates NO, radicals as dissociation products. The lowest-
energy molecular orbital configuration, ¥4(MO) of Egn. (11), generates both NO,
radicals and NO}' and NOE ions as dissociation products, and therefore is unsatis-
factory at large internuclear separations; c.f. H, of Section 3-3.

There are four other S = 0 excited configurations that may be linearly
combined with ¥,(MO) and ¥,(MO), but these are of less importance for the ground-
state, i.e. the primary components of the "best" (lowest-energy) linear combination
of the six § = 0 configurations are ¥,(MO) and ¥,(MO) with Ic4| > Ic,| when r(NN) is
finite.

In Sections 11-7, 11-9, 13-2, 13-8, 18-2 and 20-6, we shall discuss aspects of
the bonding for a number of other molecular systems that, like N,04, involve at

least one 6-electron 4-centre bonding unit. For each of these systems, we shall use
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the "increased-valence" structure whose wave-function is the ¥ covalent ©f the C.I.

wave-function of type (26) for the 6-electron 4-centre bonding unit.

CONCLUSIONS

In Sections 7-1 and 10-1, we have shown how dimerization of Pauling "3-
electron bond" structures for NO, leads to two equivalent types of valence-bond
representations for the electron distribution in the N2°4 dimer. One of these,
namely that of Section 7-1, involves resonance between a standard Lewis structure
and a number of "long-bond" Lewis structures. It has also been pointed out in
Section 2-5 that"long-bond" structures are usually omitted from elementary descrip-
tions of the electronic structure of most molecules, but according to the electro-
neutrality principle, such structures should often make important contributions to
the ground-state resonance; this should be particularly the case when the standard
structures carry atomic formal charges, and the "long-bond" structures do not. In
Section 10-1, we have shown that for N204, we may summarize resonance between these
two types of Lewis structures by spin-pairing the unpaired electrons of the Pauling
"3-electron bond" structures for the NO, moieties. The resulting valence-bond
structure is an "increased-valence" structure, which has two more electrons avail-
able for bonding than do any of the component Lewis structures. Because the two
types of valence-bond representations for N,0, are equivalent, each of them must
provide a more stable representation of the electronic structure than does the use
of only the familiar standard Lewis structures. However, as has been discussed in
both Section 2-5(b) and section 10-1, the "increased-valence" structures provide a
more economical representation of the electron distribution, and therefore they are
more easy to use to obtain qualitative information about bond properties. In the
following chapters, we shall give our attention to the construction, types and uses
for "increased-valence" structures for numerous other electron-rich systems. Most
of these "increased-valence" structures have Pauling "3-electron bonds" as

components.

REFERENCES
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CHAPTER 11
PAULING “3-ELECTRON BONDS® AND “INCREASED-VALENCE* STRUCTURES

We are now ready to examine in detail the incorporation of the Pauling
"3-electron bond" structure A B into the valence-bond structures for electron-rich
molecules that involve 4-electron 3-centre and 6-electron 4-centre bonding units.
To do this, we may use any of three alternative methods. 1In this Chapter, we shall
discuss one of them. It involves the spin-pairing of the unpaired-electron of A e B
with the unpaired electron of either an atom Q or a second Pauling "3-electron bond"

structure é . l.).

11-1 PAULING “"3-ELECTRON BONDS" AND 4-ELECTRON 3-CENTRE BONDING

To construct a valence-bond structure for a 4-electron 3-cent:re bonding unit,
with a Pauling "3-electron bond" as a component, we commence by writing down the
Pauling "3-electron bond" structure A « B with the electron spins indicated (x =

@ spin, o =B spin) as in (1) and (2) (Section 3-6).

<0
>X
o

@ X

o} X X X o o
A x B A O B Y A X B
(1) (2) (3) (4)
The next step is to introduce an atom Y with one unpaired-electron, whose spin

is opposed to that of the electron located in an A-atom atomic orbital, to give the

electron distributions of (3) and (4).

l)“ab ‘l:ab

Figure 11-1 Spin-orbitals for electron distributions of structures (3) and (4).

Fig. 11-1 displays spin-orbitals for the electrons of (3) and (4), wlken the atomic orbi-

tals are s orbitals. Figs. 1-5 and 2-4 display other sets of atomic orbitals that we are
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frequently likely to encounter. For the A-B bonding orbital Yap = @ + kb, which
accommodates one electron, the bond parameter k is > 0.

If the y and a atomic orbitals of (3) and (4) overlap appreciably, we may
represent as bonded together the Y and A atoms on which these atomic orbitals are
centred, to give valence-bond structure (5) in which the electron spins are not

specified.

Y—A ¢« B =E Y—A B «—> VY A B

(5) (6) (7)

Valence-bond structure (5) summarizes resonance between structures (3) and
(4). It is also equivalent to invoking resonance between the Lewis structures (6)
and (7), each of which has an electron-pair bond and a lone-pair of electrons. The
latter equivalence arises because the Pauling "3-electron bond" configuration
(a)'(w, ) "(0)! with ¥, = a + kb is equivalent to (a)2(b)! + k(a)(b)2, i.e. the
Pauling "3-electron bond" structure A s B is equivalent to the resonance of
A B A B (Section 3-6). If we take account of the electron spins, then it
follows that (3) summarizes resonance between structures (8a) and (8b), and (4)
summarizes resonance between the same structures with the electron spins reversed,
i.e. (9a) and (9b). The spin distributions of (8a) and (9a) pertain to the Lewis
structure (6); those of (8b) and (9b) pertain to the Lewis structure (7).

X o X0 x ox o o X ox o X0 X
Y A B Y A B Y A B Y A B
(8a) (8b) (9a) (9b)

In (7), we have indicated (c.f. Sections 2-4 and 7-1) the presence of a "long
bond" (or formal bond) between atoms Y and B by means of a pecked line (----). When
Y and B are non-adjacent atoms, the y and b orbital overlap is very small, and
therefore the Y-B bond is very weak (Section 2-4).

Since (5) summarizes resonance between (6) and (7), not all of the unpaired
electron charge on Y is used to form the Y-A bond of (5); some is used to form the
long weak Y-B bond. We could indicate this extra bonding in (5) by a pecked line,
as is shown in (10). However, since the Y-B bond will usually be very much weaker
than the Y-A bond, we shall in future not indicate the Y-B bonding in structures of

type (5).

(10)

We note also that structure (7) has no Y-A bond. Therefore, the Y-A bond-

number of (5) must be fractional and less than the value of unity that pertains to
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the Y-A single bond of (6). This result is very important, and as we shall find
when we discuss some examples, it helps to provide a qualitative understanding of
the properties of many bonds. To distinguish the fractional Y-A bond of (5) from
that of (6), we have used a thin bond-line in the former structure.

In each of the Lewis structures (6) and (7), there are two bonding electrons,
namely those that occupy the y and a, and y and b atomic orbitals, respectively.
With respect to structure (5), we shall now deduce that a maximum of three electrons
can participate in bonding. To do this, it is helpful to recall (3ection 3-6) that
the Pauling "3-electron bond" configuration (a)1(wab)1(b)1 for the valence-bond
structure i . B' is equivalent to the molecular orbital configuration (wab)z(w;b)1 in
which ¢, = a + kb and “‘;b = k*a - b are the A-B bonding and antibonding molecular
orbitals. The one-electron bond of A * B (= ; o ; or % x g) is associated with the
bonding V,p electron whose spin is opposed to that of the unpaired antibonding ";b
electron. When the W;b orbital of (Wab)z(“’;b)1 overlaps with the singly-occupied y
atomic orbital of a third atom Y, the two electrons that occupy these orbitals may
be spin-paired to generate the fractional Y-A and Y-B bonding that arises in
valence-bond structure (5). The orbital occupations are displayed in Figure 11-2,
Therefore a total of three electrons may simultaneously pa\rticipa\te‘| in Y-A, Y-B and
A-B bonding in (5). Because of the possible presence of an additional bonding
electron, we have designated this valence-bond structure as an "increased-valence"
structurel. we may conclude that an "increased-valence" structure summarizes reso-

nance between several Lewis structures, and therefore, the "increased-valence"

structure must have a lower energy than has any of the component l.ewis structures.
% ‘o o o x x
Y A X B +— Y A o B
Spin-pairing for fractional Y-A and Y-B bonding
» *
* lllOb | —lllcb

A-B non- A-B non:
bonding bonding j

;ﬂ_ ‘|‘°b —/'H— lllab

A-B bonding A-B bonding

Figure 11.2 Orbital occupation.s and bonding properties for "increased-valence"
structure Y—A ¢ B. The § = 0 wave-function for the spin-pairing is
described in Section 15-1, but is not required here. Atomic orbital
overlap integz:als have been omitted from the normalization constants
for y,p andy ab*
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In most elementary accounts of valence, the Lewis "long-bond" structures are usually
omitted from consideration. The results of numerous calculations?s3 indicate that
these structures may often have significant weights. When this is the case, "long-
bond" structures should be included in the elementary valence-bond description of
the molecule. "Increased-valence" structures provide a very simple way of including
them, together with the more familiar standard Lewis structures such as (6) (Section
2-2) with electron-pair bonds located between pairs of adjacent atoms only.

For 4-electron 3-centre bonding units, the "increased-valence" structure (11)
may also be constructed by spin-pairing the unpaired electron of atom B with the
antibonding Y-A electron of the Pauling "3-electron bond" structure ; . i This
"increased-valence" structure is equivalent to resonance between the "long~-bond" and
standard Lewis structures (7) and (12), and will participate in resonance with (5).
We may therefore write (5) «+ (11) = (6) «+ (7) «+» (12), thereby including all of
the Lewis electron-pair bond structures in the resonance description for the

4-electron 3-centre bonding unit. Alternatively, we may write either (5) «+ (12)

or (6) «+ (11) to obtain the same result.

-
S
oo

Y « A—B Y Ae———B «—> Y A B

- -
-
Od Se

(11) (12) (7)

We shall now use "increased-valence" structures , with Pauling "3-electron
bonds" as components, to discuss the electronic structures for a number of molecules
that have NO, 00, SS, SO or NO, linkages. Bond-lengths for them are reported in
Tables 11-1 to 11-4.

11-2 NITROSYL HALIDES

o
The length of the N-O bond of FNO is 1.136 A, which is similar to the length
o
of 1.150 A for the free NO molecule. This observation suggests that we might obtain
a suitable valence-bond structure for FNO by bonding a fluorine atom to the Pauling

"3~-electron bond" structure (13) (Section 4-5) for NO.

Fe
%) (+%) \ %) (:"/z)

» °

IN==0; —m—— N==0:

oo
B H
.o

(13) (14)
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r(N-0) r(N-X) r(N--0) r(N-X)
nota)t 1.150 0,NNo0, (3 1.190 1.782
FNo(P) 1.136 1.512 o'mwo, (¥ 1.142 (NO') 1.864
cino(e) 1.139 1.975 1.202, 1.217 (NO)
prno(@) 1.146 2.140 FNo, (1) 1.180 1.467
anole) 1.209 1.090 civo, (™ 1.202 1.840
cgno( ) 1.211 1.480 cryNo, (M) 1.21 1.56
crynot 9 1.197 1.546 cc1yno, (©) 1.21 1.59
roj (M) 1.236 cH3No, (P) 1.224 1.489

(1)
NO 1.193
2

* REFERENCES: (a) K.P. Huber and G. Herzberg, Molecular Spectra and Molecular Structure, Vol. 4 (Van
Nostrand Reinhold, 1979). (b) KeSe Buckton, A.C. Legon and D.J. Millen, Trans. Faraday Soc., 65, 1975
(1969) . (c) DoJo Millen and J. Pannell, J. Chem. Soc., 1322 (1961). (d) D.J. Millen and D. Mitra,
Trans. Faraday Soc., 66, 2408 (1970). (e) J.F. Ogilvie, J. Mol. Struct. 31, 407 (1976). (f) P.H. Turner
and A.P. Cox, J« Chem. Soc., Faraday ||, 74, 533 (1978). (g) S.H. Bauer and A.L. Andreassen, J. Phys.
Chem., 76, 3099 (1972). (h) G.B. Carpenter, Acta. Cryst., 8, 852 (1955). (i) G.R. Bird, J.C. Baird,
A.W. Jache, J.A. Hodgeson, R.F. Curl, A.C. Kunkle, J.W. Bransford, J. Rastrup-Andersen and J. Rosenthal,
Jo Chem. Phys., 40, 3378 (1964). (J) B.W. McClelland, G. Gundersen and K. Hedberg, J. Chem. Phys. 56,
4541 (1972). (k) A.H. Brittain, P.A. Cox and R.L. Kuczkowski, Trans. Faraday Soc., €5, 1963 (1969). (I)
A.C. Legon and D.J. Millen, J. Chem. Soc. A., 1736 (1968). (m) D.J. Millen and K«M. Sinnott, J. Chem.
Soc., 350 (1958). (n) l.Le Karle and J. Karle, J. Chem. Phys., 36, 1969 (1962). (o) W.M. Barss, J.
Chem. Phys., 27, 1260 (1957). (p) A.P. Cox and S. Waring, J. Chem. Soc. Faraday || €8, 1060 (1972).

Table 11-1. Bond lengths (g) for some nitrosyl and nitro compounds.

r(0-0) r(0-X) r (0-0) r(0-X)
o, (@)t 1.207 cr3oocl(f) 1,447 1.699 (0-cl1)
Foor(P) 1.217 1.575 1.372 (0-C)
Hoou(¢c,d) 1.475 0.950 cF300F(£) 1.366 1.449 (0O-F)

1.452 0.965 1.419 (0-C)
cr300cF3{e)  1.419 1.399 HO,(g/h) 1.335 0.977
cr300u () 1.447 0.974 (0-H) 1.329 0.975

1.376 (0-C) 053(1) 1.272

* REFERENCES: (a) Ref. (a) of Table 11-1. (b) R.H. Jackson, J. Chem. Soc. 4585 (1962). (c) A.L.
Redington, W.B. Olson and P.C. Cross, J.Chem. Phys., 36, 1311 (1962). (d) G. Khachkuruzov and |.W.
Przherolskii, Opt. Spectrosk., 36, 172 (1974). (e) C.J. Marsden, L.S. Bartell and F.P. Diodati, J. Mol.
Struct. 39, 253 (1977). (f) CoJs Marsden, D.D. DesMarteau and L.S. Bartell, I|norg. Chem., 16, 2359
(1977). (g) Y. Beers and C.J. Howard, J. Chem. Phys., 64, 1541 (1976). (h) R.P. Tuckett, P.A. Freedman
and W.J. Jones, Mol. Phys., 37, 403 (1979). (1) J.-C. Depannemaecker and J. Bellet, J. Mol. Spectr., 66,
106 (1977).

o
Table 11-2 Bond-lengths (A) for some molecules with 0-O linkages.
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r(s-s) r(s-X) ' r(s-s) r(s-X)
s, @) 1.889 nssu‘®) 2.057 1.327
rssr(P) 1.888 1.635 cuyssc; £79) 2.023 1.806
cissci{csd) 1,931 2.057 2.029 1.816
1.950 2.055 crysscry 2.030 1.835
F,ss'P) 1.860 1.598 sr,(1/3) 1.545, 1.542 (eq)

1.646, 1.643 (ax)

t REFERENCES: (a) Ref. (a) of Table 11~-1. (b) R.L. Kuczkowski, J. Amer. Chem. Soc., 86, 3617 (1964).

(c) B. Beagley, G.H. Ekersley, D.P Brown and D. Tomlinson, Trans. Faraday Soc., 65, 2300 (1969). (d)
CeJe Marsden, RD. Brown and PD. Godfrey, J. Chem. Soc. Chem. Comm. 399 (1979)s (e) G« Winnewisser, M.
Winnewisser and W. Gordy, J. Chem. Phys., 49, 3465 (1968). (f) B. Beagley and K.T. McAloon, Trans.
Farad. Soc., 67, 3216 (1971). (g) A. Yokozeki and S.H. Bauer, J. Phys. Chem., 80, 618 (1976). (h) C.J.
Marsden and B. Beagley, submitted for publication. (i) WeM. Tolles and WdD. Gwinn, J. Chem. Phys. 36,
1119 (1962); (J) Ke Kimura and SH. Bauer, J. Chems. Phys. 39, 3172 (1963).

o
Table 11-3 Bond-lengths (A) for some molecules with S-S linkages.

r (s-0) r(s-Xx) r(s-0) r(s-X)

sofalt 1.481 uso'®) 1.494 1.389
F,s0(P) 1.413 1.585 s0, (%) 1.431

Fsol¢) 1.452 1.602 s,0(9) 1.464 1.882

c1,s0(d) 1.443 2.077 osso(h) 1.458 2.025

ciysot ) 1.469 1.610

t REFERENCES: (a) Ref. (a) of Table 11-I. (b) NeJeD. Lucas and J.G. Smith, J. Molec. Spectr., 43, 327
(1972); (c) Y. Endo, S.Salto and E. Hirota, submitted for publication. (d) |. Hargittai, Acta Chem.
Acad. Sci. Hung. 59, 351 (1969). (e) N. Ohashi, M. Kakimota and S. Saito, J. Mol. Spectr. to be
published. (f) S. saito, J. Mol. Spectr., 30, 1 (1969). (g) E. Tiemann, J. Hoeft, F.J. Lovas and D.R.
Johnson, J. Chem. Phys., 60, 5000 (1974). (h) F.J. Lovas, E. Tiemann and D.R. Johnson, J. Chem. Phys.,
60, 5005 (1974). (i) R.E. Penn and R.J. Olsen, J..Mol. Spectr., 61, 21 (1976).

o
Table 11-4 Bond-lengths (A) for some molecules with S-0 linkages.

To obtain "increased-valence" structure (14), we have spin-paired the nitrogen
odd-electron charge of (13) with a corresponding fraction of the fluorine unpaired
electron. Because (5) = (6) «» (7), valence-bond structure (14) is equivalent to
resonance between the standard and "long~bond" Lewis structures (15) and (16). The
"long-bond" structure has no N-F bond, and therefore, the N-F bond-number of (14) is

less than unity.
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Ft
- QM +)
JN=—=02 JN=02 N==o0:

(15) (16) (17)

We may construct similar types of "increased-valence" structures for CINO and
BrNO; each of these molecules has a long nitrogen-halogen bond, and an N-O bond-
length similar to that of free NO. (The N-Cl and N-Br bond-lengths of 1.98 1: and
2.14 ; are longer than Pauling's estimates of 1.73 i and 1.86 1‘; for the lengths of
N-Cl and N-Br single bonds?). The orbital overlap for the "increased-valence"
bonding unit of (14) is of the ¢ + 7 type displayed in Figs. 1-5 ard 2-4 for FNO; a
nitrogen hybrid orbital overlaps simultaneously with a halogen pg-orbital and an
oxygen T-orbital.

The more familiar valence-bond explanation of the bond properties for FNO
involves resonance between the standard Lewis structures (15) and (17). 1In Chapters
12 and 14, we shall also use these valence-bond structures to generate the
"increased-valence" structure (14).

It may be noted that the N-O bond-length for each of the nitrosyl halides is
slightly shorter than that of free NO, and resonance between "increased-valence"
structure (14) and the standard Lewis structure (17) can account for this observa-
tion. If resonance between only the standard Lewis structures (15) and (17) is used
to represent the electronic structure, the shortening of the N-O bond can only be
accounted for if the weight for (17) is larger than for (15). The electroneutrality
principle suggests that this should not be the case, and this is supported by the
results of valence-bond calculations by Rosos. For the valence-bond structures
(15), (16) and (17), Roso has calculated coefficients of 0.73, 0.19 and 0.13 for
their bond-eigenfunctions in a valence-bond study of the 4-electron 3-centre bonding
for FNO. These bond-eigenfunction coefficients suggest that (15), with zero formal

charges on all atoms, must have a rather larger weight than has (17)*.

t Roso's bond-eigenfunction coefficients that we report here and in other sections, were calculated using
non-empirical valence-bond procedures. For the electrons that were explicitly inzluded in the bond-
eigenfunction configurations, all integrals that arise in the valence-bond calcula“ions were evaluated
using STO-5G atomic orbitals. The number of electrons that could be included in the bond-eigenfunction
configurations depended on the size of the molecule. For FNO, the 1s electrons were omitted, whereas all
of the electrons were Included for the HNO calculation (Section 11-3)s In Section 11-10, the bond
eigenfunction coefficients for FNO, were calculated by including only some of the valence-shell electrons
in the bond-eigenfunction configurations, namely those electrons whose locations vary in the valence-bond
structures of Fig. 11-8. Similar types of calculations were made for the m + Ti-electrons of CHZN2
(Section 22-4). Except for HNO, we have reported here only the bond-eigenfunction coefficients for the
valence~bond structures that are explicitly discussed in the text.

It should be noted that because the bond-eigenfunctions are not orthogonal in these calculations,
the valence-bond weights are not equal to the squares of the bond-eigenfunction coefficients. However,
the magnitudes of these coefficients should provide a reasonable qualitative guide to the relative
importance of certain valence-bond structures for the ground-state resonance description of a molecule.
(No doubt better valence-bond calculations may be performed by other workers in the future, but the
results of Roso's studies are in accord with the expectations of the electroneutrality principleds
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11-3 CH3NO AND HNO

The N-O bond-length of 1.21 Ii for CH3NO is similar to Pauling's estimate of
1.20 1‘; for an N-O double bond, and 0.06 l‘; longer than that for free NO. The C-N
bond-length of 1.48 ;\. is similar to the C-N single-bond length of 1.47 1‘; for CH3NH,.
The "increased-valence" structure (18), which may be obtained by spin-pairing the
odd-electron of CHj with that of NO, does not account for these properties. Accor-
ding to (18), the N-O and C-N bonds should be respectively shorter than a double
bond, and longer than a single bond. Because (18) summarizes resonance between (19)
and (20), the bond-lengths imply that (20) makes little contribution to resonance,
and that (19) alone provides a satisfactory representation of the electronic

structure for CH3NO.

CHg CH3 M3
\w e = O\, —> R
o ==0: N==02 ,.N=0:
(18) (19) (20)
H H
\ %) (+) \ .
N==0: N==0:

(21) (22)

For HNO, the N-O bond-length of 1.21 i is also similar to that of a double-
bond. However, the N-H length of 1.09 1°\ is 0.07 1‘; longer than the N-H single bonds
of NHj3. Neither the "increased-valence" structure (21), nor the standard Lewis
structure (22) can account for the lengths of both bonds simultaneously. But the
similarity of the N-O bond-lengths of both CH3NO and HNO to those of double-bonds
suggests that CH3- and H-substituents do not bring out the "increased-valence"
aspects of bonding to a significant extent, i.e. they do not lead to much develop-
ment of a Pauling "3-electron bond" in a 4-electron 3-centre bonding unit for a

neutral moleculel. This hypothesis will receive some further empirical support in

t This conclusion must have its origins partially in the very different magnitude of the atomic orbital
overlap integral for N-F (0) single bonds compared with those for N-H and N-CHy single bonds. For
lllusfraﬂve purposes here we shall assume that the nitrogen and carbon orbitals are respectively sp® and
sp hybridized, and that the fluorine and hydrogen orbitals are 2po and 1s. The resulting Slater orbital
overlap integrals are then 0.3,, 0.5, and 0.6, for the N=F, N-H and N-CH5 bonds. With approximate
molecular orbital theory for 4-electron 3-centre bonding units (Section 14=2), the much larger N-H and
N-C overlap integrals must raise the energies of the antibonding o NH and Oy orbitals relative to that of
the °NF orbital, le. the latter orbital is more accessible for the oxygen 2pt electrons of FNO. The
greater electronegativity of F relative to CHy and H will also re-enforce the greater tendency for the
oxygen 2pt electrons of FNO to delocalize. Similar considerations are also appropriate for F,0, vs Hy0,
(section 11-4), F2S; vs HyS5 (Section 11-5) and for many related systems.
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Sections 11-4 and 11-5. Another way to say this is that the contribution of the

"long-bond" structure (such as (20)) to the ground-state resonance is small. For

HNO, Rosos has calculated the following valence- bond wave-function:
H H () H___ H(+)
- - (+) (>4 Q..
¥(HNO) = 0.70 ¥(,N==02) + 0.04 ¥(N==02) + 0.07 v( N==03) + 0.27 v(N==0%)
HO @, HO “ (++)
+ 0.1 ¥(N=—=0% + 0.0003 ¥ ((N=03)

The bond-eigenfunction coefficient of 0.07 for the "long-bond" structure provides

theoretical support for the unimportance of this structure, and the lengthening of
+
n( )
the N-H bond for HNO may arise from the contributions of the structures .:ﬁ—b.:and
(=)
 (+) ..
N——O$ to the ground-state resonance. Each of these latter structures retains an

®e
N-O double-bond.

As we have found for the nitrosyl halides, if a hydrogen atom or CH5 is
replaced by the more-electronegative halogen atoms, the Pauling "3-electron bond" of
NO in the nitrosyl compound can be stabilized. For CF3NO, the electronegativity of
CF3 should be intermediate between those of CH3 and F. Therefore, some stabilization
of the Pauling "3-electron bond" for this molecule may occur. The "increased-
valence" structure (18) for CF3NO (with CF3 replacing CH3) implies that the C-N bond
is longer than a single-bond, and that the N-O bond should be shorter than those of
CH3NO and HNO. Both of these inferences are in agreement with the observed bond-

lengths of Table 11-1.

11-4 SOME DIOXYGENYL COMPOUNDS

The valence-bond structure for the ground-state of molecular oxygen is (23),
with two Pauling "3-electron bonds" (Section 4-3). By spin-pairing the two unpaired
electrons with those of two fluorine or two hydrogen atoms, we obtain "increased-
valence" structures (24) and (25) for F,0, and Hy0,. These valence-bond structures
indicate 0-0 bond properties which are similar to that of free O,, and long, weak

O-F and O-H bonds.

\'ﬂ
\I
\I

X X ° e
10 ——0: 00 ——0t 30 ——0s 30 o:
X X / / . PYS
H H
F
(23) (24) (25) (26)

For F;0,, (24) is a suitable valence-bond structure; the 0-O lengths of O, and
o
F,0, in Table 11-2 are similar, and the O-F lengths are much longer than the 1.42 A
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for the single bonds of F,0. However, the O-H lengths of H;0, are almost identical
to those of the single bonds of H,0, and the 0-0 length is similar to that of the
single bond of 02-, whose valence-bond structure was derived in Section 4-2. The
Lewis structure (26) for H,0, accounts for these properties adequately, to lend
support to the hypothesis that hydrogen atoms do not bring out "increased-valence"
aspects of bonding, i.e. that they do not stabilize Pauling "3-electron bonds" of 4-

electron 3-centre bonding units to any significant extent in neutral molecules.

(+%) (-%) (%) (%)
. . . . X o X
00 ——0s 20 —— 02 :Q o
£ H
(27) (28) (29)

The radicals FO, and HO, are also known. By using the above considerations,
we suggest that suitable valence-bond structures for them are (27) and (28), which
we may obtain by bonding an F atom to (23), and protonating the 05 "3-electron bond"
structure (29) (Section 4-3). The results of some force constant calculations®
indicate that the 0-0 bond of FO, is similar in strength to those of O, and F;0,,
whereas the 0-O bond of HO, resembles that of o}- Valence-bond structures (27) and
(28) show these relationships. For HO,, the hydrogen atom is not able to stabilize
appreciably the development of a Pauling "3-electron bond" for the 4-electron
3-centre bonding unit, and the 0-O0 and H-O bond-lengths of 1.335 and 0.977 ;\ reflect
this effect.

For the ROOR' series of Table 11-2, increasing stabilization of the 0-0
Pauling "3-electron bond" as one passes from H to CF3 to F accounts for the observed
shortening of the 0-0 bond for the series HOOH, CF300H, CF300CF3, CF300F and FOOF.
As the 0-0 bond-length decreases, the O-H, O-C and O-F lengths should increase
according to the above "increased-valence" considerations. Lengthening of the

latter bonds is observed to occur in a regular manner.

11-5 SOME S-0 AND S-S COMPOUNDS

The valence-bond structures for the ground-states of S, and SO are (30) and
(31) (Section 4-6). From them, we may obtain the "increased-valence" structures
(32), (33) and (34) for two isomers of FyS5y, and for F,S0. For both FyS, isomers,
these "increased-valence" structures imply that the S-S bonds should have lengths

that are similar to those for free S,, and that the S-F bonds are longer than single
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bonds; this they are found to be; see Table 11-3. (We have assumed that the two

o
equatorial bonds of SF,, with lengths of 1.54 A are single-bonds; the standard

F i)
‘ Ll]
+ +
Lewis structures, namely:>é: )and :/\Sé,)indicate this to be the case.) O0On the

00 -
i) ¥
oo
other hand, the reported bond-lengths for H252 and (CH3)252 indicate that these

molecules have S-S single bonds, with the hydrogen and methyl radicals unable to

stabilize the Pauling "3-electron bonds" of Sy

;o \
S S: $—20: :$ $: s ——8§: 1§ ——0:
X x © /
F F F
(30) (31) (32) (33) (34)

From "increased-valence" structure (34) for F,S0, we would predict that the
S-F bonds should be longer than the single-bond length of 1.54 }ox, and that the s-0
length should be similar to that of free SO. Although lengthening of the S-F bonds
is observed, the S-0 bond-length of 1.41 ; is shorter than the 1.48 ;‘; for free SO.
Possibly this shortening is due to a significant contribution of "increased-valence"
structure (35) to resonance with (34); in (35), the S-0 bond-number + bond-order
exceeds the value of 2 that occurs in (31). sSimilarly, for FSO, "increased-valence"
structure (36) will participate in resonance with (37), from which it may be deduced
that the S-F and S-0 bond-lengths for this radical are respectively longer than a
single bond, and shorter than that of free SO. The experimental lengths of 1.602

o
and 1.452 A are in accord with this deduction.

(+4)
F .l . .
\ " 1§ im0 H S ———ToH
$Se===O // .
B F Fe (%)
sFs () (35) (36) (37)

The above theory is also appropriate for clzso, whose S-Cl and S-0 bond-
lengths of 2.077 1‘; and 1.443 I; are respectively longer than the S-Cl single-bond
length of 2.014 ;\ for CH3sCl, and shorter than that for free SoO.

For HSO, a valence-bond structure similar to (36), with H replacing F,
accounts simultaneously for the observations that the S-O0 length of 1.494 10\ is
similar to the 1.481 ; for free SO, and that the S-H length of 1.389 1‘; is longer
than the single-bond length of 1.336 IZ for H,s. However, on the basis of the

discussion in Section 11-4 for HO,, it would be expected that the H-S bond length for
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HSO would be similar to those for HS and HyS, and that the S-0 bond-length would be

appreciably longer than that of free SO.

11-6 03, SO,, S,0 AND NO,

In Sections 11-2 to 11-5, atomic orbitals for the "increased-valence" bonding
units are of theo + 7 (Fig. 1-5) type. The Y——A bonds are g-bonds. We shall now
describe some examples of "increased-valence" structures that involve Y——A m-bonds
as well as o-bonds in the "increased-valence" bonding units. For 4-electron
3-centre m-bonding, the orbital overlap is displayed in Fig. 2-4.

Oxygen and sulphur atoms (:é-and :é-) have two unpaired electrons in their
ground-states. By spin-pairing these electrons with those of the Pauling "3-elec-
tron bond" structures (23), (30) and (31) for the ground-states of Oy, SO and s,, we
may obtain the "increased-valence" structures (38)-(41) for 03, SO, and S,. In (38)
and (39) the A-atom is either oxygen or sulphur. Since the two terminal oxygen
atoms are symmetrically equivalent, these two valence-bond structures are of equal

importance for a resonance description of O3 and SO,.

o K\.o:. el "\q: 7 N el s\o

Each of (38)-(41) has two "increased-valence" bonding units, which may be
rearranged to obtain "increased-valence" structures such as (42)-(45), for O3 and
SO, These structures participate in resonance with (38) and (39). The presence of
formal charges in (42)-(45) suggests that they make a smaller contribution to the
ground-state resonance than do (38)-(41). Therefore, for simplicity here and
elsewhere in this book, we shall usually give consideration only to the most
important of the "increased-valence" structures, i.e. those that involve the

smallest formal charge separations.

-'.0.-/ x\\.o, .9/ \0 :'9./ A\O -20//2{ \-03

(%) (+%) (+%) (%) %) (+%) (+%) %)
(42) (43) (44) (45)

Each of the "increased-valence" structures (38) and (39) has an 0-0 double

bond similar to (23) for Oy, and a fractional 0——O0 bond with a bond-number less
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than 2. Thus, resonance between (38) and (39) implies that, on the average, less
than four electrons are involved in bonding between each pair cf adjacent oxygen
atoms. Consequently, it is not surprising that the bond-lengths of 1.278 ;\ for O3
are longer than the 1.207 1: for the double bond of 02. On the other hand, resonance
between (38) and (39) for SO, (with A = §) does not account for the observed
shortening of its S-0 lengths (1.431 IO\) relative to the 1.481 ;& for free SO.

The nitrite anion, NOZ-' is isoelectronic with O3, and its N-O bond-lengths of
1.24 ;\ are about 0.04 10\ longer than a "normal" N-O double bond. Resonance between
the "increased-valence" structures (38) and (39), in which atom A is a nitrogen
atom, reflects this observation. These structures may also be obtained by
spin-pairing the two unpaired electrons that are present for the ground-states of O
and NO-.(_;I‘he anion NO~ is isoelectronic with Oz and therefore, its valence-bond

structure :il—:-(:): has two Pauling "3-electron bonds".
.

11-7 PAULING "3-ELECTRON BONDS" AND 6-ELECTRON 4-CENTRE BONDING:

+
N303, Cl,0,, S,0, and s,I2*

In Fig. 11-3, the orbital occupations and electron spins are displayed for
two equivalent Pauling "3-electron bond" structures A +Band & .« D. When the
atomic orbitals of these two structures overlap, the unpaired-electrons may be spin-
paired to generate the "increased-valence" structure (46), for which a total of four
electrons can participate in fractional A-B, A-C, A-D, B-C, B-D and C-D bonding7.
only two bonding electrons are present in the standard Lewis structure (47).
Because i . ﬁ = ’i 5 Ed i .B' and é . 13 = E l') -~ é b', it may be deduced that
"increased-valence" structure (46) is equivalent to resonance between the standard
Lewis structure (47) and the "long-bond" Lewis structures (4€), (49) and (50).
Because no B-C bond is present in each of the latter three structures, the B-C bond-
number for (46) is less than unity. Therefore, the B-C bond-length and strength for

(46) will be longer and weaker than is that for a "normal" B-C electron-pair bond.

A+ B—¢C + D A B=——C D
(46) (47)
T TN, . . ST, T T TSNS
A B C D A B Cc D A B Cc D
(48) (49) (50)

The discussion above is of course a generalization of that described previous-
ly in section 10-1 for N,0,4. It is appropriate for all molecules that involve
extended 6-electron 4-centre bonding units, i.e. for molecules that. have one or more

sets of 6 electrons distributed amongst 4 overlapping atomic orbitals (a, b, c and
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d). These orbitals may be either n, ¢ + 7 (Fig. 1-5), or ¢ + § (Fig. 8-2) or ¢

(Fig. 2-6) in character.

Spin-pairing for fractional A-C, A-D, B-C and B-D bonding

. — T~ . — T .
,., L, - -y

A-Bnon- C-Dnon A-B non- C-D non-
bonding bonding bonding bonding
14 14
lqu—ﬂT _ffl_-lﬁ‘:d l/Jub *l\ /'[ ‘/}cd
A-B bonding C-D bonding A-B bonding C-D bonding
X X o) o) o o) X X

A -8B CxD «— A x B CoD

Figure 11-3 Orbital oc.cupations a.nd bonding properties for "increased-valence"
structure A ¢« B—C ¢ D.

Each of NO and Cl0 has a Pauling "3-electron bond" in its ground-state
valence-bond structure (Sections 4-5 and 4-7), and dimers of these radicals are
known to be formed, with weak B-C type bonds. If dimerization is assumed to involve
primarily the spin-pairing of the antibonding n*-electrons of two monomers in a
¢ + 7 manner, then "increased-valence" structures such as (51)-(56) are obtained.
These structures have B-C bond-numbers that are less than unity, thus accounting for

the weakness of the bond between the monomers.

.o, (%)
5
h) %) (%) / ) )
‘N—N" ‘N N, N G
/N /v F N
9 0; Kol O N,
y : 1, 1 +% %)
I I e
%) o FB) oo (45)
o; a: I
(+%) y (%) ; () 7
:Cl I -6 ——cl: : o
ST / " ) / (%)
‘0. i Tl
3 y (+%)
%) (54) () (55) (56)
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Both cis and trans conformers for ONNO are knowna, with cis more stable than
trans. The additional stability of the cis conformer is associated with cis 0-0
overlapg; in valence-bond .theory, this occurs primarily via the oxygen 2prn-orbitals
(Fig. 1-5; c.f. N,04 in Section 7-3). The stabilization energy for covalent-ionic
resonance of the type (57) «— (58) is cis 0-O overlap dependent (3ection 7-3)) and
leads to the development of a Pauling "3-electron bond" between the oxygen atoms.
The covalent structure (57) is one of the contributing forms (of type (48)) to the

"increased-valence" structure (51).

) (o]

Re o e N S
’ J
/.- \ /  \ S X
K < .0, oA Q. 0, 0.
(+) (+)
(57) (58) (59)

Dinerman and Ewing10 have shown that the N-O stretching frequencies for
gaseous NO and cis ONNO are very similar (1848 and 1860 cm'1) and obtained a small
dissociation energy of 11 kJ mo]._‘I (c.f. 250 kJ mol~1 for NoHy, Section 7-1). Ab-
initio molecular orbita19 estimates of the N-N bond-lengths for the cis and trans
dimers are 1.768 1‘; and 1.686 1‘;. (A number of ab-initio studies have been reported
more recently”). The N-N and N-O bond-lengths and the ONN bond-angles for the cis
isomer in the gas phase have been estimated® to be approximately 1.75 ;\, 1.15 ;\ and

2

90°. Molecular beam electron resonance spectroscopy1 of the gaseous cis isomer

o o
give 2.33 (12) A, 1.15 (1) A and 95 (5) ° respectively for these lengths and angles.

o °
For the molecular crystal13'14, the N-N length of 2.18 A is very long (c.f. 1.45 A

8,15
’

for NpH,, Section 7-1). The ONON isomer has been characterized recently with a

weak N-O bond linking the NO moieties. The bond-lengths for Cl202 have not yet been
ascertained, but isomers of types (54) and (55) are considered to have been

q16-18, Essentially "increased-valence" descriptions of the bonding for

t19,

detecte
Cl,0, have been provided by Linnet

The geometry for a cis dimer of SO has been reported, with S-S and S-0 bond-
lengths of 2.025 and 1.458 1:. The SO monomer, with two Pauling "3-electron bonds"
in its valence-bond structure (31), has a bond-length of 1.481 ;\ On dimerization,
"jncreased-valence" structure (59), with fractional S-S o- and w-bonds, is obtained.
Inspection of (31) and (59) makes clear why the SO bond-lengths for the monomer and
dimer are similar, and why the S-S bond for the dimer (with an S-S bond-number < 2
in (59)) is appreciably longer than the length of 1.89 10; for the double-bond of s,.

The geometry (Fig. 11-4a) for the cation 5212+ has been reported recentlyzo.

A convenient "increased-valence" structure, namely (b) of Fig. 11-4, can be con-

* *
structed by spin-pairing the antibonding Ty and ny electrons of ground-state Sy with
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the unpaired-electrons for two IE radicals. On the basis of this structure, it
would be predicted that the S-S and I-I bond lengths would be similar to the 1.89
and 2.56 ;\ for free s, and I;. The observed shortening of the S-S bond and length-
ening of the I-I bonds imply that other types of valence-bond structures such as (c)
participate significantly in resonance with (b). 1In each 821; component of these
structures, there is an "increased-valence" representation for a cyclic 6-electron
4~-centre bonding unit. All structures account for the observation that the s-I

o
bond-lengths are much longer than the estimate?! of 2.37 A for a "normal" s-I single

bond.
+%) (+4) +%) (+4)
2-858 = g‘l. c¢: :.o ..z
S 3.195 , . .
| o Qe =————q:
1-828 I S O S S —S:

[—" [ VN \

sl - 12 H) I3
T~ (+%) (+%) (+%) (+%)

(a) (b) (c)

Figure 11-4 Bond-lengths and "increased-valence" structures for 521%+.

11-8 NO,, NO,, ClO,, SO; AND SOj3

We shall now demonstrate that to obtain suitable "increased~valence" struc-
tures for some molecules, it is necessary either to use an excited state for the
component diatomic system, or to re-organize the electron distribution of the
"increased-valence" structure which is obtained using the diatomic ground-state.

In Section 11-6, we constructed suitable "increased~valence" structures for

2
obtain "increased-valence" structures (60) and (61) for No; and NO,.

NOS by bonding together O with NO~. By combining O~ with NO, and O and NO, we may

(-%) (~%2)

N N
[ \o. - :b./ \o.
Q (+%) “ %)

(60)
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%) (-%)

.:N .o
BNy T N,
(+%) (+%)

(61)

These "increased-valence" structures, together with their mirror images, indi-

cate that the N-O properties for both systems should be very similar. However, the
o - o

measured lengths of 1.24 A (N02) and 1.19 A (Noz) differ significantly. E.s.r.

studies22

of NO, indicate appreciable unpaired-electron charge (about 1/2 electron)
located in a nitrogen orbital (Section 6-1). "Increased-valence" structure (61)
locates the unpaired electron solely on the oxygen atom. We may conclude that (60)
and (61) give unsatisfactory representations of the electronic structures of NOE and
N02. However, if we use an excited state for NO, we can generate a more suitable
type of valence-bond structure for NO,. The valence-bond structure for the NO
ground-state, (62), can form only one bond with a second oxygen atom by using its
unpaired electron. We can increase the valence of the nitrogen atom by promoting a
nitrogen 2s electron into the antibonding NO n* orbital which is vacant in (62).
This sy * ";10 promotion generates the valence-bond structure (63), with two Pauling

"3-electron bonds".

H) (+%) . . N, . N
;= T A 9/ \o N N
(62) (63) (64) (65)

By bonding (63) for NO to an oxygen atom (:é') in its ground-state,
"increased-valence" structures (64) and (65) are obtained for NO,. Resonance
between these structures generates fractional odd-electron charge on each atom and,
when compared with (38) «+ (39) for NOE, this resonance accounts for the observed
shortening of the N-O bond-lengths of NO, relative to those of NOE.

It may be noted here that resonance between "increased-valence" structures
(64) and (65) is equivalent to resonance between the Lewis structures of Fig. 11-5.
Structures (a)-(d) are the structures (1)-(4) of Section 6-1, and each of (e)=-(g)
has a long 0-0 m-bond. The absence of formal charges for (e) would suggest that it
should make an important contribution to the ground-state resonance.

An alternative method that may be used to construct "increased-valence"
structures (38) and (39) for NOE, and (64) and (65) for NO,, involves the electronic
reorganization displayed in Fig. 11-6 for "increased-valence" structures (60)

and (61). This involves the delocalization of non-bonding electrons into bonding
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Figure 11-5 Component valence-bond structures for NO, "increased-valence"
structures (64) and (65).

orbitals (Chapter 12), and si-
multaneously, the transfer of a
bonding electron into an atomic
orbital. Similar types of
electronic reorganization are
also displayed in Fig. 11-6 for
Cl0,, SO, and SO, when they
from

are formed O + Clo,

0~ + SO and 20 + SO. For each
of these latter structures, the
formal charge separations are
the smallest that are in accord
with the presence of the maxi-
mum number of one-electron

bonds and fractional electron-

pair bonds.

11-9 N,0,, N,03; AND FNO,

In Sections 7-1 and 7-2
we have provided Lewis valence-
bond and molecular orbital ex-
planations for the existence of
a long N-N bond for N;04. The
N-N and N-F bond-lengths for
Ny03 and FNO, are also longer

than single bonds (Table 11-1).

(-%)

Figure 11-6

)

—_— ?3,;4" §§§§§tt
" (%) i '
(+%)
-c‘lo
. — 7 .
0. NoX O:
%) %)
(%)
.-s°
W e T w” g
%)
T:
o N o
Construction of "increased-valence

structures for NO,, NO,, ClO,, SO,
and sO3 from NO + O, NO + 0, ClO
+ 0, SO+ 0 and SO + O + O.
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By using the NO and NO, valence-bond structures (62) and (64) of Section 11-8,
together with the reactions NO2 + NO,, NO + NO, and F + NOZ, we may construct the
"increased-valence" structures (66)-(68) for N5O4, NyOg3 and FNO,. It is easy to
deduce that "increased-valence" structure (66) for N,0, summarizes resonance between
16 Lewis octet structures, namely those of Fig. 11-7. Of these laiter structures,
eleven do not have N-N electron-pair bonds, and the absence of formal charges for
some of them suggests that they make Vimportant contributions to the ground-state
resonance description of the electronic structure. Consequently, the N-N bond-
number for the "increased-valence" structure (66) is rather less than unity, which
implies that the N-N bond for Ny04 is longer than a single bond. "The lengthenings
of the N-F and N-N bonds for FNO, and N,O3may similarly be deduced from an examina-

tion of "increased-valence" structures (67) and (68).

AN/ A N 4
:o:/ \..o‘. \0 0/ ..,o.

"Increased-valence" structure (68) for FNO, summarizes resonance between the

Lewis octet structures of Fig. 11-8. Two of them carry zero formal charges on all

o'o°- -'d- 0'0'0 c'o'. DA XN ..0... .o o
\I\(I+) (+)N/ \N‘ (+)N/ \N° 'N/ 5\ it /
— H ". . . H .

o N F m wleDe
(O] ) b e c g )

Ne o Dol D o D]
: H :—‘ e I .\\\: ' H H : s H :
6/ \-.0.': 5/ “‘\q? -0-/----—--\-\-0.- o/ \..
G B f (+) g h
.'O'o 0'0.'. O'.o.o 0...l
I\ /1 N\ 0/
v :,—”'N:\E ,/' : SN: E
el .,C').. -.6“"‘"'"""‘6-
©(+) (+) (+)

Figure 11-7 Component octet Lewis structures for N,0, "increased-valence" structure
(66). (Equivalent mirror-image structures are not displayed.)
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atoms, and involve a "long" O-F or 0-O bond: Roso's bond-eigenfunction coefficients
for all structures are reported in the figure, and they imply that these "long-bond"
structures may be more important than is the standard Lewis structure (a).

For each of N,04, N5O3 and FNO,, the N-O bond-lengths of Table 11-1 for the
nitro-linkages are similar to the N-O double-bond length of 1.20 1:. Resonance
between "increased-valence" structures of types (66)-(68) indicates why this simi-
larity exists better than does resonance between the standard Lewis structures (e.g.

types (a) for each of Figs. 11-7 and 11-8).

o'o’. o'o'. ..0.: ,oo-:

\ \

+) / // / ! ) / \

F N F- N s | . N !
N F N | F \\ ° 1

N ~ !

(0% \\\\o" \ ! S 4

0.14 o 0.26 See 0.32 L 0.14 =-Q

@ © +)

Figure 11-8 Component Lewis structures for FNO, "increased-valence" structure (67),
together with bond-eigenfunction coefficients®’.

11-10 SYM NO; AND ASYM N304

In Section 6-5, we have given consideration to the valence-bond structures of
type (69) for sym NO3. An "increased-valence" structure for this radical may be
obtained by spin-pairing the odd-electron of NO, with an unpaired electron of an
oxygen atom in its ground-state, when the NO, is represented by an "increased-
valence" structure of type (64). The resulting "increased-valence" structure for
sym NO3, namely (70), has two more bonding electrons than has (69), and therefore it
is more stable. Because it does not involve formal charge separation, (70) is in
accord with the requirements of the electroneutrality principle. The location of
the odd-electron in an oxygen n-electron atomic orbital in these valence-bond struc-
tures is in accord with the results of e.s.r. measurements and molecular orbital

consideration52 5,

H H 0
! G
-.o/ \6‘ / \0 0/ \-.Q-/ \o

) (+%)

(69) (70) (71)
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Fateley et al.2%® have identified an asym N,0,4 isomer ONONO, in a nitrogen

1

matrix, and have assigned infra-red frequencies of 1654 cm~' and 1290 cm™' to the

asymmetric and symmetric stretches of. the nitro (N02) linkage. These may be com-

1 27 in a nitrogen

1

pared with 1748 cm™ ' and 1261 cm~! for the sym N,0, (O,NNO,) isomer

matrix. (The gas-phase f]:equenciesz8 for the latter isomer are 1758 cm™ ' and 1264
cem™') an 1829 cm™! frequency for asym N,0, is similar to the 1876 em™! frequency

1 and

for the N-O stretch of free NO, and both are rather larger than the 1562 cm~
1564 <:m'1 stretching frequencies for the N-O double bondss29 of HNO and CH3N0.
"Increased-valence" structures of type (70), which may be generated by spin-pairing
the odd electrons of NO and NO; with the valence-bond structures of (62) and (70),
are in accord with these observations.

Very recently, the peroxy OoNO isomer of NO3 has been identified3o as 6ne of
the products of the gas phase reactions NO + O, and NO + O3. "Increased-valence"
structures for the cis and trans isomers may be obtained by spin-pairing the
unpaired electron of (62) for NO with one of the unpaired electrons of (23) for 0,,

as described in ref. 31.

11-11 CONCLUSIONS

By starting with Pauling "3-electron bond" structures for one c¢r more diatomic
systems, we have found that it is possible to construct "increased-valence" struc-
tures for polyatomic molecules. Often, use of the ground-states of the diatomic
systems leads quickly to suitable polyatomic valence-bond structures. For NO,, we
needed to go through an excited state of NO in order to obtain a suitable
"increased-valence" structure. This is also the case for many other molecules.
However, valence-bond structures for excited states for diatomic systems are often
not easily written down and it may not always be obvious how to commence to do so.
Fortunately, it is possible to circumvent this problem by generating "increased-
valence" structures from familiar standard Lewis structures for polyatomic

molecules. In the following chapters, we shall describe how this may be done.
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CHAPTER 12
INCREASED-VALENCE STRUCTURES CONSTRUCTED FROM LEWIS STRUCTURES:
DELOCALIZATION OF LONE-PAIR ELECTRONS INTO VACANT BONDING ORBITALS

For diamagnetic polyatomic molecules, it is very easy to write down standard
Lewis structures that have electron-pair bonds and lone-pairs of electrons. It is
then also easy to generate "increased-valence" structures from them. To do this, we
must delocalize one or more lone-pair electrons into either two-centre bonding
orbitals or two-centre antibonding orbitals, both types of orbitals being vacant in
the standard Lewis structures. 1In this chapter, we shall describe these delocaliza-
tions into bonding orbitals in some detail.

In Section 11-1, we demonstrated that "increased-valence" structure (1)

involves the electron spin distributions of (2) and (3).

. ] X X X o [¢]
Y—A +« B = Y A o B €=—> Y A X B
(1) (2) (3)

The wave-functions for the § o 1)3( and g X g structures of (2) and (3) utilize
the orbitals a, Vap = a + kb and b, in which a and b are overlapping atomic orbitals
that are centred on atoms A and B (Section 3-6). The s, spin quantum numbers for
the electrons that occupy these orbitals are +%, -%, and +%, and -%, +7and -%. we
may obtain the valence-bond structures )A< o >B< andg X g by starting with the electron

arrangements of

X oxX o X0
A B and A B
and then delocalizing ans, = +*%(x) or s, = -%(0) electron of B into a bonding A-B
orbital. Thus, we may write
X (\CJ X X and o (\xo [e) o
A B —> A O B A B —» A X B

in which we have transferred one electron from the atomic orbital b into the bonding
molecular orbital Yagp = @ + kb. To indicate a one electron-transfer we have used a
"curly arrow"!, with a single barb1'3, i.e. f\{ .

These considerations imply that we may generate the "increased~valence"
structure (1) from the standard Lewis structure (4) by delocalizing a B electron of
(4) into a vacant bonding A-B orbital, i.e. by writing

Yy—A {\.B. —> Y—A - B
(4) (1)
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Whenever the a and b atomic orbitals overlap, the delocalization of (4) must
always occur to some extent. It will be helped considerably if atoms A and B carry
formal positive and negative charges respectively. The delocalization will then
reduce the magnitudes of these formal charges. Thus, if after the delocalization,
the A-B bonding electron is shared equally by the two atoms, then the A and B formal

charges become +%and -5, i.e.

(+) P (+%) %)
Y—A B —_— > Y—A * B

(5) (6)

In general, the electron of the A-B bond will not be shared equally by the A
and B atoms, and the resulting formal charges will not be 1/2-integer in magnitude.
our example here is illustrative of formal charge reduction. However (in accord
with what has been done in the previous chapters) for illustrative purposes only,
formal charges are assigned on the assumption that bonding electrons are shared
equally by a pair of adjacent atoms; see also Section 2-5(b).

Even if A and B carry no formal charges in (4), it is energetically advanta-
geous to delocalize the B electron into the vacant bonding A~B orbital. By doing
so, we increase the number of electrons that can participate in the overall bonding.
We have already shown in Section 11-1 that (1) summarizes resonance between the
standard Lewis structure (4) and the "long-bond" Lewis structure (6), and therefore
any B electron delocalization into a bonding A-B orbital will stabilize (4) by means

of its resonance with (6).

Y—A + B = Y—A B «—> Y A B
& (4) 6)

When describing the ground-states of neutral molecules, it is desirable that
the formal charges be small in magnitude, i.e. less than unity. This requirement
should be particularly appropriate when atoms A and B have fairly similar neutral
atom electronegativities.

In Chapter 11, we have found that fluorine atoms could stabilize the Pauling
"3-electron bond(s)" of NO, O,, SO and S5, and that "increased-valence" structures
(8) and (10) are suitable valence-bond structures for FNO and F,0,. Therefore, if
we write down the standard Lewis structures (7) and (9), the fluorine atom(s) must
induce appreciable delocalization of oxygen lone-pair electron(s) into the bonding
N-O and 0-0 orbitals. We have indicated these delocalizations in (7) and (9). On
the other hand, hydrogen atoms do not generate appreciable stabilization of Pauling
"3-electron bonds" (Sections 11-3 and 11-4) of 4-electron 3-centre bonding units in
neutral molecules, and similar oxygen delocalizations for HNO and H,0, must occur
only to a very small extent. We have found that the standard Lewis structures (11)
and (12) alone are adequate simple representations of the electronic structures of

these molecules.
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Figure 12-1 Generation of "increased-valence" structures from standard Lewis
structures by delocalizing lone-pair electrons into vacant bonding
orbitals.

In Fig. 12-1, we show how to use the standard Lewis structures to construct
some of the "increased-valence" structures that we have considered previously in
Chapter 11. For each molecule, one or more lone-pair electrons have been delocal-
ized into vacant 2-centre bonding orbitals. This technique for generating
"increased-valence" structures (and thereby stabilizing the Lewis structure) can be
used whenever the arrangement of electrons shown in (4) occurs in a lL.ewis valence-
bond structure. This must surely be the case for thousands of molecular systems!

The question may be asked, "How will such a delocalization reduce the magni-
tudes of the formal charges for a standard Lewis structure of type (13)2" . Delocali~-

zation of a Y electron into a bonding Y-A orbital will not reduce the magnitude of
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the formal charge on B. To obtain this effect, it is necessary to delocalize a Y
electron of (13) into an antibonding A-B orbital. This ~ocedure will be described
in Chapter 14. However, in Chapter 13, we shall use the technique described in the
present chapter (namely of delocalizing non-bonding electrons into bonding orbitals)
to construct "increased-valence" structures for various types of N-centre bonding

units.
REFERENCES
1 H.A. Bent, chem. Revs. 68, 587 (1968).

2 R.D. Harcourt, J. Chem. Educ. 45, 779 (1968); 46, 856 (1969).
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CHAPTER 13
“INCREASED-VALENCE” STRUCTURES FOR #-CENTRE BONDING UNITS

The technique described in Chapter 12 for constructing "increased-valence"
structures, namely that of delocalizivng one or more non-bonding electrons of a
standard Lewis structure into adjacent bonding orbitals, is quite general and easily
applied. We shall now use this method to construct "increased-valence" structures
for numerous molecular systems that involve 6-electron 5-centre, 8-slectron 6-centre
and longer N-centre bonding units, as well as for some molecules with 4-electron 3-
centre and 6-electron 4-centre bonding units. In general, we shall find that only
one or two "increased-valence" structures are required in order to make deductions
concerning bond lengths that are in qualitative accord with the measured lengths,
i.e. for the systems considered, "increased-valence" structures provide easily

derived and economical representations of their electronic structures.

13-1 N,0 AND SOME ISOELECTRONIC MOLECULES AND IONS WITH 4-ELECTRON 3-
CENTRE BONDING UNITS

In Fig. 2-10 we have displayed four "increased-valence" structures for N,0,
namely (I)-(IV) of Fig. 13-1, here. They may be generated from the standard Lewis
structures (1)-(4) of Fig. 2-8 by delocalizing non-bonding n- and mT-electrons from
the terminal nitrogen and oxygen atoms into adjacent N-N and N-O n- and w-bonding
orbitals, as is indicated in Fig. 13-1. In Section 2-5, we have used the electro-
neutrality principle to deduce that (I) should be the most important of the four
"increased-valence" structures, and have then deduced from (I) that the N-N and N-O
bond-lengths for N,0 should be respectively longer than an N-N triple bond, and
similar to an N-O double bond. The bond-lengths reported in Table 13-1 are in
accord with this deduction.

For HNg and HC§0, which are isoelectronic with N,0, the standard Lewis and
"increased-valence" structures are similar to those for N,0, except for the replace-
ment of the O and terminal N of N,0 with N-H and H-C, respectively. From the

"increased-valence" structures of type (I), namely

H
IN == -A,(j/ and H=——C =N-:—©:

a b * ¢

we may deduce that the N ~Np,, and C-N bonds should be longer than triple bonds, and
that the Np-N. and N-O bond-lengths should be similar to those of double bonds.
With the possible exception of the C-N bond for HCNO, the bond-lengths reported in
Table 13-1 are in accord with these deductions.

The symmetrical triatomic species N;, No; and CO, are also isoelectronic with

N,0. Their standard Lewis and "increased-valence" structures are displayed in Fig.
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Figure 13-1 Standard Lewis and "1ncreased-valence" structures for N,O, N3, COy/ NO2
and HNCO. For N3, CO,, and N02, the symmetrically-equivalent
structures are not displayed.

N-N or C-N N-O, C-O or N-NH

N,0 1.129 1.188
HNj 1.133 1.237
Ny 1.176

HCNO 1.161 1.207
NO, 1.153
Co, 1.162
HNCO 1.207 1.17

- o

Table 13-1 Bond-lengths1 7 (A) for some isoelectronic systems with 16 valence-shell
electrons. See also Ref. 8. Estipates of standarg triple and double
bond lengthg are’: C==N, 1.15 A; N==N, 1.10 A; C==N, 1.27 A;
N=—=N, 1.24 A; C—0, 1.21 A; N=0, 1.20 A.

13-1. For each of these systems, resonance between the four "increased-valence"
structures indicates more clearly than does resonance between the standard Lewis

o o °
structures that the N-N, N-O and C-O bond-lengths of 1.18 A, 1.15 A and 1.16 A

are shorter than those of double-bonds (see Table 13-1). The smaller formal charges
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for "increased-valence" structures (II) and (III) suggest that these are the most
important of the four "increased-valence" structures, and inspection of them alone
makes clear why the bond-lengths are shorter than double-bonds. &imilar types of
"increased-valence" structures should also be the primary structures for HNCO.
Inspection of them in Fig. 13-1 leads to the conclusion that the C-~N and C-O bonds
are both shorter than double bonds, and the bond-lengths reported in Table 13-1

support this conclusion.

13-2 N,04, czof' AND (RNO),, WITH 6-ELECTRON 4-CENTRE BONDING UNITS

To generate the "increased-valence" structures for NOE and CO,, we have
delocalized oxygen non-bonding n- and T-electrons into the adjacent N-O and C-0
bonding n- and T-orbitals. However, because these delocalizations lead to the
formation of a negative formal charge on the carbon atom of CO,, they should be less
extensive than are those that occur for Noz. Similarly, for czoi- the delocaliza-
tions of the (0~) oxygen n- and T-electrons for the standard Lewis structures of
type (1) should be less extensive than they are for (3) for N,O4. In the resulting
"increased-valence" structures (2) and (4), the carbon atoms carry formal negative
charges, whereas the nitrogen atoms are uncharged. One consequernce of a reduced
degree of m- and T-delocalization for Czoi- is that the C-0O bond orders are smaller
than are the N-O bond-orders for N,04. If we use this result when we compare (2)
and (4), we are able to account10 for the observation that the C-0O bond—lengths11 of
1.26 g for 0202_ are longer than a C-0 double bond (1.21 K), whereas the N-O bond-

° °
12 5f 1.19 & for N,04 are similar to the double-bond length of 1.20 A. The

lengths
smaller extent of io delocalization for czoﬁ' also generates a C-C o-bond number for
(2) that is larger than the N-N o-bond number for (4). This accounts for the
observation that the C-C bond-length of 1.57 ; M for czoi- is appreciably shorter

°
than the N-N bond-length of 1.78 A 12 for N,04; see also Section 7-4.

Nl o N\e 0/ NpuZ N, 7

5 X N B8 SN

0: 0 0:  :0: NN )

Y] (3] “ o]

(1) (2) (3) (4)

For the C-nitroso dimers (RNO)2 of Table 13-2, the N-N and N-O bond-lengths
are both longer than double-bond lengths. The standard Lewis structures of (5) may
be used to generate the "increased-valence" structures of (6) by delocalizing the

oxygen m- and T-electrons into bonding N-O orbitals. The "increased-valence"
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Figure 13-2 Atomic orbitals for 6-electron 4-centre bonding units of (RNO)Z.

structures, with zero formal charges on all atoms, imply that only the N-N bond
should be longer than a double bond. However, because the overlap integral for the
N-N o-bond (0.65) is larger than the 0.3 for the corresponding bond of N,04, the -
electron delocalization must occur to a much smaller extent for (RNO), than it
does for N,0,, and therefore the N-O 7-bond order for (RNO) , does not reach the
maximum value of 0.5 that obtains for (6) when zero formal charges are present.
This reduced N-O bond-order leads to the lengthening of the N-O bonds for (RNO)2
relative to the essentially double-bond lengths for N5Og4e

o
bond length A2

compound names C-N N-N N-O geometry ref®
cis-Azobenzene dioxide 1.454 (5) 1.321 (5) 1.268 (4) Cis P:::;:“t
(Nitrosobenzene dimer) 1.463 (5) 1.261 (4)
. present
trans=-2.2-Dicarboxyazobenzene 1.460 (3) 1.308 (3) 1.267 (3) Trans work
dioxide

(2-Nitrosobenzoic acid dimer)

Perfluoroazobenzene dioxide 1.439 (6) 1.324 (5) 1.267 (6) Cis 41
(Pentafluoronitrosobenzene 1.439 (6) 1.267 (6)
dimer)

1,8-Dinitrosonaphthalene 1.430 (6) 1.376 (5) 1.276 (6) Cis 25
(Internal dimer) 1.439 (6) 1.256 (5)

Nitrosocyclohexane 1.488 (6) 1.319 (6) 1.272 (6) Trans 19
2-Nitronitrosoethane 1.470 (4)® 1.304 (6) 1.262 (4)° Trans 18
Azoxyanisole 1.496 (5) 1.218 (5) 1.279 (4) Trans 42
Azobenzene® 1.433 (3) 1.243 (3) Trans 43
p.p’ -Dichloroazobenzene 1.433 (5) 1.252 (5) Trans 44

2 Estimated standard deviations are given In parentheses. b The C-N bond involving the nitroso group.
€ The N-0 bond of the nitroso group. d Two unique molecules are present in the unit cell, one of which
Is disordered. The data presented are from the nondisordered molecule. The estimated standard devia-
tions may be severely underestimated. € See Ref. 13 for detalls of these references.

- 13
Table 13-2 Bond-lengths for dimeric nitroso and structurally similar compounds .
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13-3 SOME COMMENTS ON 6-ELECTRON 4-CENTRE BONDING UNITS

Two "increased-valence" bonding units of general type (7) are present in the
"increased-valence" structures of (6); one for the six m-electrons and one for six 7
+ og-electrons The relevant atomic orbitals are displayed in Fig. 13-2 for the cis
isomer. The latter type of "increased-valence" bonding unit is also present in (2)
and (4) for six ® + o-electrons of czoi' and N,0,. 1In this and the previous

chapters, we have introduced two techniques that may be used to gerierate (7), namely

(i) To bond together two Pauling "3-electron bond" structures A + B and é D

(with antiparallel spins for the two antibonding odd-electrons), and

o
(ii) To delocalize non-bonding X and D electrons of the standard Lewis structure

A B—cC D into the adjacent A-B and C-D bonding orbitals.

Thus, we may write
o o . o
(1) A + B + cC D
< A B c D
. — .
“/W ’/\“ /
‘s A B——C D
(ii) (7)
"Increased-valence" structure (7) may be generated whenever 6-electron
4-centre bonding can occur, i.e. whenever six electrons may be distributed amongst
four overlapping atomic orbitals. For the special case that A and D and B and C are
pairs of equivalent atoms (and therefore a and d, and b and ¢ are pairs of equiva-
lent atomic orbitals), the 4-centre molecular orbitals are given by Eqn. (1), in
which A and y are parameters, both> 0. If atomic orbital overlap integrals are
omitted from the normalizing constants and the orthogonality relationships, then the
molecular orbitals of Eqn. (1) are orthogonal. The mobile g-electron molecular

orbitals of Egs. 7-3 to 7-6 for N,0, are particular examples of these orbitals.

2 X

vy ={a+d + A+ c)}/(2+ 2)°)

2
v ={a-a + u(b=-c)/(2+ 2p°)

2 %
{x(a + d) - (b + c)}/(2 + 22%)

b3

2k
{u(a = d) - (b - c)}/(2 + 2p°)

L2
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To construct the molecular orbitals of Eqn. (1), we have assumed that the
atomic orbitals are oriented so that all overlap integrals between adjacent atomic
orbitals are > 0, as occurs for the orbitals of Fig. 13-2, for example. Therefore,
V¥4 is A-B, B-C and C-D antibonding, and so it must be the highest-energy molecular
orbital.

then (W1 )2(“2)2(‘03)2°

The lowest-energy molecular orbital configuration for the six electrons is

In Section 10-2, we have deduced that this configuration may

be expressed as ¥ and that ¥ t is the wave-function for the

covalen
It is easy to demonstrate that (7) summarizes

covalent * Yionics
"increased-valence" structure (7).
resonance between the standard and "long-bond" Lewis structures (8)-(11); this is a
result that we have obtained previously from the discussion of the bonding for N,0,

and N,0, in Sections 10-1 and 11-7.

A B—C D A B € D
(8) (9)
A B ¢ D A B ¢ b

13-4 CYCLIC 6-ELECTRON 4-CENTRE BONDING UNITS

A number of cyclic molecules and

ions, for example (SN), and Se§+, have

six m-electrons distributed amongst (+) (+) (+)
four pr-atomic orbitals. The standard “Se =S¢’ [y P— 3.
ur pw i " Se U.Se Se Se
Lewis structures for Se, are displayed ” I _5 (l
i ig. - . d alizi on- o o °
in Fig. 13-3(a)., By delocalizing non: ,§e V\Se.. ,§e 'Se..
bonding t-electrons into the adjacent (+) (a)
Se-se w bonding-orbitals, we may
1, ) 1, )
generate the "increased-valence" struc- (+.A) (f/") (tb) (t’&)
.SG SQ' . r—
tures of (b), each of which has an S .
"increased-valence" bonding unit of I. ¢
Y . L] L)
type (7) for the six m-electrons. .Se Se, e Se,
+‘I +‘I 1, )
However, because the atoms of (b) that (+%) (+%) (b) (+%) (+%)
correspond to the A and D atoms of (7) (+3%) (+12) (+%) (+%)
are adjacent, their atomic orbitals can ‘Se - Se *Se =S¢’
overlap well. Therefore, we shall ” > . .
repr nt these atoms as bonded to- .
eprese a ..Se——Se., §e—Se..
gether, to form the "increased-valence" (+%) (+%) (c) (+1%) (+%)
structures of (c)Either of the struc-
tures of (c) involves a cyclic "“in- Figure 13-3 Sstandard Lewis and "“in-
d-val " bonding unit of type creased-valence" structures
crease atence g YP for Sez*. Mirror-image structures are

(12) or (13), each of which summarizes

not displayed for (a) and (b).
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resonance between four Lewis structures. These latter structures are similar to

(8)-(11), except that the "long-bond" structure (11) is replaced by a standard

structure.
A - B A B A B A, B A B
. N . o
I l = l —> I > . > /”
oo oo £X3 S 4 oo
D - C D (] D c D ‘c D
(12)
A——B A——B A B A" B A B
. . - D e € — g‘\ > "'f
.o .o oo S .’ ..
D——C D C - De=——C D C D C

(13)

The Se-Se bond 1engths14 of 2.28 IZ for Se§+ are shorter than the estimate of
2.34 I‘; for an Se-Se single bond, and resonance between either the four standard
Lewis structures of type (a) or the two "increased-valence" structures of (c)
accounts for this observation. However, the "increased-valence" representation does
this in a more economical manner.

The molecular orbitals for the m~electrons are given by Eqn. 13-1, with

u =X = 1. For systems such as Seg+ with D4y, symmetry, the molecular orbitals vy

and y3 are degenerate, as are the excited configurations ¥,(MO) = (w1)2(w2)2(¢4)2
and W3(Mo) = (v1)2(v3)2(w4)2. These configurations may be linearly combined15, with

¥,(MO) = (w1)2(¢2)2(v3)2 to generate the C.I. wave-function of Eqn. (2),
¥(CI) = Cq¥,(MO) + C5(¥,(MO) + ¥3(MO)) (2)

with €, < 0 when Cq> 0 in the lowest-energy linear combination (c.f. Section 10-3).

This C.I. wave-function may be transformed'® (c.f. Section 10-2) and expressed as

L] ,
¥(cI) = (C1 - cz)”covalent + Yoovalent) * (C1 + C2”‘”1‘.0::11‘@ * ¥jonic) (3)

L]
covalen covalen
structures (12) and (13). Because Cq > 0 when Cy < 0, these s:tructures must

in which ¥ ¢ and ¥ t are the wave-functions for "increased-valence"
represent the primary valence-bond structures for cyclic 6-electron 4-centre bonding
units with D,y symmetry. The same result is true for systems such as (SN), with Cyp
symmetry, the "increased-valence" structures for which are those of (14), and for
the s, linkage of the S3N; dimer'>. The latter species has D, symmetry for the S,
linkage; overlap considerétions”’ for it suggest that "increased-valence" structure

(15) has a larger weight than has (16). The bond-numbers for the intermoiety S-S
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o
bonds of (15) are 0.25 (c.f. Section 7-1), and the lengths of 3.03 A for these bonds

o
are v 1 A longer than a "normal" S-S single bonal®.

S S
(S I ) (+',4) (-‘A) X NG BN
S——N’ Ns—%: s s:
| ) ) | i | | : '
JN=—=5, Q" . N
:S S :S, S
R ) (-'/z) (+'/=) @\ RN
N N N N
\s e s ~

(14) (15) (16)
The bonding for 521?1 has been described in Section 11-7; each SZI; component
has a cyclic 6-electron 4-centre bonding unit. For such bonding units, the concomi-

tant bonding has also been referred to as involving a 2-electron 4-centre bond16'17-

13-5 BRANCHING 6-ELECTRON 4-CENTRE BONDING UNITS

If an atom A is Sp2 hybridized to form three coplanar g-bonds, it is often
possible to find numerous molecules that have Lewis valence-bond arrangements of
type (17) for six electrons that occupy four overlapping atomic orbitals. This
bonding unit pertains for the n-electrons of (Nﬂz)zco, for example. For this

molecule, the standard Lewis structures are displayed in Fig. 13-4.

HZNQ HoN N HZN;) 0

c=——0: c — 0: c—0:
o Jod Y4
HoN 1 H2N (2) HoN (3)
|4 (+) . (%)
HZN HzN X § HzN ,
N o ) P S
4 4 * (+)/
HoN HoN HoN
(+%) (+%)

(11)

(1)

Figure 13-4 Standard Lewis and "increased-valence" structures for (NHZ)ZCO'
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Resonance between these three structures is usually invoked to explain why the C-N

o o
18 of 1.34 A and 1.27 A are respectively shorter than the C-N

and C-0 bond-lengths
single-bond length of 1.47 1‘; and longer than the C-0 double-bond length of 1.21 I;.
An alternative explanation may be obtained by consideration of the "increased-
valence" structures of Fig. 13-4, which may be generated from the standard Lewis
structures by means of the n-electron delocalizations that are indicated. The
formal charges for the "increased-valence" structures suggest that (I[) should be the
most important of these structures, and it alone indicates that the C-O bond-number
and C-N bond-orders are respectively less than two and greater than unity.

Each of the "increased-valence" structures of Fig. 13-4 involves an
"increased-valence" bonding unit of type (17) for the six n-electrons. It summa-

riz(-:s10

resonance between the standard Lewis structure (18) and the two "long-bond"
Lewis structures (19) and (20). (A fourth valence-bond structure (21), cannot be
included in the resonance scheme, because it involves three electroni located in the

A-atom atomic orbital)

‘B—c = B——C <> B te> B.-"C B ¢
. 'd
D D D b )
(17) (18) (19) (20) (21)
:0 0 :0 “
(!:I ; (l:I(-Z) f\ I!I|(+) ) 3 /N&
25 bé' o e 2 g o; .

Figure 13-5 Standard Lewis and "increased-valence" structures for co%' and No;.

"Increased-valence" bonding units of type (17) also obtain for the Nog and
cog' anions, which are isoelectronic with (NH2)2CO. Their standard Lewis structures
are displayed in Fig. 13-5. Each has standard valence-bond arrangements of type
(18) for the six n-electrons and sets of four T + two N-O or C-0 g-electrons. The
relevant atomic orbitals are displayed in Fig. 13-6. Therefore, when we generate
the "increased-valence" structures of Fig. 13-5 (by delocalizing the oxygen n- and
7-electrons into bonding N-O or C-O orbitals), two "increased-valence" bonding units
of type (17) will be formed. Because the Nt for the standard Lewis structures of
Nog is more electronegative than the C for co%', the delocalizations of the oxygen

n- and T-electrons for Nos will be more appreciable than they are for co%" (c.f.
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O] ©,

0% :
®
/Gj@ ®/@\@
o 03

Figure 13-6 Atomic orbitals involved in the formation of 6-electron 4-centre
bonding units for the valence-bond structures of Figure 13-5.

N,O4 and Czoi— of Section 13-2). Therefore, the N-O bond-orders will be larger than
the C-0 bond-orders, and this is reflected in the bond-lengths. The N-O lengths of

°
)19 are only 0.02 A longer than the N-O double-bond

1.22 A for NO3 (as in NaNoj
length of 1.20 A, whereas for Co3 , C-O0 lengths of 1.28 A 20 are 0.07 ; longer than a
double bond. Because of the symmetry of the anions, each of three "increased-
valence" structures will contribute equally to the resonance, and therefore, no
economy is obtained by using the "increased-valence" structures instead of the
standard Lewis structures to describe the electronic structure. However, resonance
between the three standard Lewis structures does not indicate why the C-O0 and N-O
bond-orders should differ,and why the N-O bond-lengths for No; are so similar to
those of double bonds.

13-6 6-ELECTRON 5-CENTRE BONDING UNITS

The phenomenon of 6-electron 5-centre

bonding21 is conveniently introduced by 0—C—c—Cc—o0

consideration of the w-electron distribution c’:‘x’:"

for linear C305- The standard Lewis struc-

tures (22)-(25) (together with the mirror

Figure 13-7 2pm atomic orbitals

£
or C302

image structures for (22)-(24)) reveal that
this molecule has two sets of six n-electrons
(n and ¥ or m, and ﬁy), each of which is
distributed amongst five overlapping atomic orbitals. The orbitals are displayed in
Fig. 13-7 for one set of electrons. For each set of n-electrons, the standard Lewis

structures are of the general types (26)-(28), with two electron-pair bonds and a
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lone-pair of electrons. The C-C and C-0 bond length522 of 1.28 ; and 1.16 I; may be

compared with?3 1
(=) (+)

for C==o0..

rationalize the bond-length variations.

°
34 A for !lzc—t(:n2 (with sp2 hybridized carbon atoms) and

However,

o
1.13 A

Resonance between structures of types (22)-(25) is sometimes used to

a more economical valence-bond

representation of the electronic structure, which also accounts for the observed

lengths, may be obtained
0 Cc C C H
(22)
(+) 3]
10 ==c —Cc==c—0:
(24)
Y A—B C—D Y—A

(26)

Starting with the standard Lewis structure (28),

in the following manner.

t0=—=C C—C—0:
(23)

) €2 (+

:0=c— —c=o:
(25)

B—C D Y—A B

(27) (28)

C—D

we may delocalize both of the

non-bonding B electrons into the adjacent A-B and B~C bonding orbitals to form two

1-electron bonds.

nance between (28) and the "long-bond" structures (30)-(32).

delocalization is applied to the C

structure (33) is obtaineqd,

bond" structures.

The resulting

"increased-valence"

2-

7 and T electrons of (25),

which summarizes resonance between (25) and 13

structure (29) summarizes reso-
When this type of
"increased-valence"
"long-
Inspection of (33) indicates that the C-C bond-lengths should be

24

similar to those of double bonds with s-p hybridization for the carbon g-orbitals

o o
(1.30 A), and that the C-0 lengths should be longer than the 1.13 A for free carbon

(=) (+) 25
monoxide (JC==0?).

Y—A (\'éq

(28)

Y—A B Cc D
(30)

o () _

:0==cC
AT

(25)

Y

A

e mm—-
- oo Se

> Y A+ B c—-D
(29)
B Cc—bD Y A B ¢
(31) (32)
(+) -) - (+)
10=—C——C——C—0:
(33)
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In (29) all adjacent atoms are represented as bonded together simultaneously,
and two fractional electron-pair bonds are present. From each of (26) and (27), it
is also possible to generate an "increased-valence" structure for a 4-electron
3-centre bonding unit by delocalizing a non-bonding Y or D electron into the adja-
cent Y-A or C-D bonding orbitals. When this type of delocalization is applied to
the C30, structures of types (22)-(24), numerous "increased-valence" structures are
obtained, all of which will participate in resonance with (33). For example, the
oxygen ® and 7 delocalizations displayed in (34) generate (35). These latter types

of "increased-valence" structures involve fewer electrons in bonding than does (33).

.m (+%4) (%) %) (+%)

:0—=¢ C—Cc=—o0: I0=—=C=—c c=—0:

(34) (35)

Molecules such as succinimide and pyrrole also provide a 6-electron 5-centre

bonding unit for m-electrons. For succinimide with the geometry26

reported in (36),
the "increased-valence" structure (37) accounts immediately for the observed
lengthenings and shortening of the C-O and C-N bonds relative to the standard double

o L
and single-bond lengths of 1.21 A and 1.47 A.

(36) (37)

For pyrrole, it is of interest to compare the C-C bond-length527 of (39) with
the corresponding bonds for cyclopentadiene in (38)28. Thus, the Cy-C3 and Cy4-Cg
bonds are lonéer in pyrrole, whereas the C3-C4 bond is shorter. The bond properties
that are implied by "increased-valence" structure (40) are in accord with these
observations. Although it is concealed, there is some C3-Cq n-bonding in (40); this
bonding arises because (40) = (39)«+(41)+«+(42)«+(43), and (43) has a C3-C4 m-bond.
"Increased-valence" structure (40) also involves some C-N n-bonding, and the C-N

bonds of pyrrole are shorter than the standard single-bond length of 1.47 i.

1.469 1.417
3
1.342 1.382
5 2 /r-.n 2 370 (-4 /. \ (2

(38) (39) (40)



152

0 & B0
N2

(41) (42) (43)

For pyrrole, the m-electrons form a cyclic 6-electron 5-centre bonding unit,
in which the Y and D atoms are adjacent in the general valence-bond structures (26)-
(32). The Y-D bond of (32) then becomes a normal bond, as it is in (43). Another
type of cyclic "increased-valence" structure may also be constructed, namely (44)
(as in (45) and (46), for example in pyrrole). "Increased-valence" structure (44)
is more stable than (29), but we shall not pursue this matter here. To obtain (45)
and (46) for pyrrole, it is necessary to write down the non-octet structures (47)
and (48), and then to delocalize the non-bonding m-electrons into the adjacent

bonding orbitals.

(44) (45) (46)

13-7 B8-ELECTRON 6-CENTRE BONDING UNITS

For molecules that involve a set of eight electrons distributed amongst six
overlapping atomic orbitals, three types of "increased-valence" bonding units may be
relevant for descriptions of their electronic structures. One of them, namely (51),
may be obtained either by bonding together the "increased-valence" structures for
two 4-electron 3-centre bonding units, namely those of (50),or by writing down the
standard Lewis structure (49), and then delocalizing a non-bonding electron from
each of the B and C atoms into the adjacent A-B and C-D bonding orbitals.
"Increased-valence" structure (50) is thereby generated by these delocalizations; it
leads to the formation of (51) when the fractional odd-electron charges on the B and

C atoms are spin-paired.
—a¥E Vo

(49) (50) (51)

Y —EF —>Y—A ‘B € +D—E =—> Y—A - B—C * D—E
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This procedure may be used to generate "increased-valence" structure (53) for
diformylhydrazine from the standard Lewis structure (52). From (53), it may be
deduced that each of the N-N, N-C and C-O bond-lengths should be intermediate in
length between those for single and double bonds (N—N 1.45 ;.; N=—=—N, 1.24 I‘;;
N—C, 1.47 1:; N=—CcC, 1.27 IZ; CcC—0, 1.43 Ii; c=—o0, 1.21 ;\), and the measured
bond-lengths2? (N-N = 1.383 A, N-C = 1.333 A and C-0 = 1.234 A) show that this is
the case.

Diformylhydrazine has eight m-electrons, as have the N-alkyl sydnones. For the
sydnones, eight standard Lewis structures may be written down, each of which
involves formal charge separation. Two of these structures, namely (54) and (56),
may be used to generate "increased-valence" structures (55) and (57), each of which
as an "increased-valence" representation of type (51) for the n-electrons. The
experimental bond—lengths30'31 displayed in (58) indicate that the five bonds of the
heterocyclic ring have partial double bond character if the standard N-N, C-N, N-O,
C-0 and C-C bond-lengths are assumed to be 1.45 l:, 1.47 on, 1.44 1:, 1.43 10; and (for
sp2 hybridized carbon) 1.51 1: Resonance between (55) and (57) accounts for this
observation. However, the exocyclic C-O0 bond-length of 1.215 lox is imperceptably
longer than that of a double bond (1.21 1;), whereas both "increased-valence"

structures imply that it should be a little longer.

N (%) (+%) (+%) (%)
:0=——CH——NH——NH——CH==0: 10 ==CH——NH=—=NH ——CH=—0:
(52) (53)

o)
( %)
(+)N CO‘ (+%) / °
R— G N

()

oo (-) v oo
(54) (55) (56)
0] Cl 0] S
%) (%) 1395 1-215 N].aw 1687
/ ) +) 134 1-407 1318/ 1360

Ry RN

oo (=1)
|

(57) (58) (59) 6 5
Other types of "increased-valence" structures may be constructed for
8-electron 6-centre bonding units. Two of them, namely (61) and (63) may be

generated from the standard Lewis structures (60) and (62) by means of the
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delocalizations indicated. For dehydrodithizone, the arrangement of (63) is
present for the mn-electrons in "increased-valence" structure (65). The bond-
lem;t:hs:‘l2 are displayed in (59), and all of them are intermediate in length between
those for single and double bonds. "Increased-valence" structure (65) (which has
been derived from the standard Lewis structure (64)), indicates the presence of
‘partial double bond character for all bonds. Use of "increased-valence" structure
(65) provides a more economical representation of this effect; if only standard
Lewis structures are used,three of them are required to provide partial double-bond

character for each of the six bonds.

A\JX\JE A ‘E cUB'\JA/Y c A
D p \ B

(60) (61) (62) (63)

CoHs\('&/\J'u\C%S Cs Hs\(ﬁ/- N\(é%s
W\ o7 N
N—N, N—N,
/ +) *(-) / (+%)
CeHs CeHs

(64) (65)

13-8 “INCREASED-VALENCE" STRUCTURES FOR LONGER N -CENTRE BONDING UNITS

Fairly obviously, it is possible to extend the length of an "increased-
valence" bonding unit in order to describe many instances of N-centre bonding. To

demonstrate this, we shall examine three systems with S~N bonds.

13-8(a) s4u;: 10-electron 7-centre bonding The squ'; cation is planar and
cyclic with the geometry33'34 of (66). It has ten m-electrons distributed amongst
seven overlapping pr-atomic orbitals. The S~N bond-lengths are all shorter than the
estimate of 1.67 1‘; for the length of an S-N single-bond35. From the standard Lewis
structure (67), we may generate "increased-valence" structure (68), which involves a
10-electron 7-centre "increased-valence" bonding unit of type (69), and indicates
the presence of partial double-bond character for all of the S-N bonds. If only the

standard structures are used to represent the electronic structure of S4N§, it is
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necessary to invoke resonance between (67) and four other valence-bond structures
that differ in the positions of the two S-N m-bonds. Therefore, the main qualitative
features of the electronic structure may be described more economically by using the
"increased-valence" structure for S4N§- This "increased-valence" structure (68)
associates partial double-bond character with each of the S-N bonds, thereby
accounting for the observed shortening of these bonds relative to the single-bond
length. Partial double-bond character is also present in (68) for the S-S bond, but
the length of this bond (2.070, 2.088 i) is longer rather than shorter than the
standard single-bond length of 2.06 g for Hys,. This lengthening may be a
consequence of a combination of the following factors:

(a) The s-—-s\\ linkage is planar, whereas /,S-——S/, is non-planar.
N

' H

Hordvik36 has listed numerous examples of molecules for which the S-§
bond-length varies with dihedral angle. The straining of the S-S g-bonds
is associated3” with the existence of the non-bonded repulsions (Section
3-10) in standard Lewis structures such as (67) (which is a component of
(68)) for s4N;. Therefore, if the natural conformation around the S-S
bond is non-planar, the additional strain that occurs when planarity is

enforced must lengthen38 the s-s o-bond.

(b) For s4N;N0§ and s4N;Br', lone-pair orbitals of the anions can overlap
with the orbitals that form the S-S o-bond of S4N;, to form 4-electron 3-
centre or 6-electron 4-centre bonding units39. The "increased-valence"

structures Xee S—S and Xe ¢« S—S « X, which are obtained by delocali-

zing lone-pair X~ electrons into bonding X-S orbitals, have S§-S g¢-bond

numbers that are less than unity.

Which of (a) and (b) is of greater relevance has yet to be ascertained, but if
the S-S o-bond of S4N§ is lengthened by either or both of them, then the measured

o
33,34 of 2.088 or 2.070 A do not preclude the presence of some S-S

S-S lengths

T-bonding.
Similar considerations have also been used38 to account for the lengthenings

of the S-S bonds for the S3N; derivatives (with planar S3N§ rings) listed in Table

13-3.

I~S74/N%56 P e
1541 /s s\-ssz //s M~ s\\
N N N
1557 \ 2088 /663 Y)
s_

S .

(66) (67)



(+%) (+%) c
s o ° s' B . * D
" / N/ \
\ %):N N: (%) A E
82 —33 \ y . .
/ .S S. Y——F
N ~ /N (+%) (+%)
$1
(68) (69)
compound Sq1-N4 Sq-Ny Sy-N4 S3-N, Sy-S3
S3Ng 1.575 1.555 1.617 1.602 2.141
seN3* 1.569 1.569 1.605 1.605 2.154
s3t‘12C1+ 1.617 1.543 1.581 1.615 2.136
S3N2-N502F 1.578 1.565 1.644 1.635 2,200
S3N2—NCOCF3 1.589 1.551 1.641 1.633 2.206
S3N2-NP3N3F5 1.573 1.540 1.647 1.528 2.220

-]
Table 13-3 Bond-lengths (A) f£or SiN, rings of S;Nj and derivatives

13-8(b) SgNg4:

explanation for the existence of long S-S bonds (2.58 A

single-bond) in SN, was provided.

12-electron 8-centre bonding

39-44

In Section 7-7, a molecular orbital

245

o
, c.f. 2.06 A for an S-S

It was suggested that one set of nitrogen lone-

pair electrons of the standard Lewis structure (70) could delocalize appreciably
into the antibonding S-S o*-orbital, thereby reducing the S-S bond-order well below
the value of unity that pertains for (70). If these electrons are delocalized into

the adjacent S-N bonding-orbitals, "increased-valence" structure (71) is ob-

t:ainedz1'38 with S-S o-bond numbers less than unity. This structure indicates that
the S-S and S-N bonds should be respectively longer and shorter than single-bonds,
and this they are found to be. The measured S-S and S-N bond-lengths are 2.58 ;\ and
1.62 i, respectively, and the estimate of an S-N single-bond length35 is 1.67 Ii. A
12-electron 8-centre "increased-valence" bonding unit is present in "increased-
valence" structure (71); it involves the eight nitrogen T-electrons and the four S-S

o-electrons of (70).

0 +) o

N—TS—= - i N—7F§ N*
) l | 3 | . I
: T '—'—‘ T:
'N . os- * N..
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"Increased-valence" descriptions of the bonding for other cyclic S-N compounds

are described in Refs. 21 and 38.

13-8(c) (SN),: Polymerized Pauling "3-electron bonds" and Polymerized
6-Electron 4-Centre bonding units The polymer (SN)X consists of layers of
2-dimensional chains of alternating sulphur and nitrogen atoms. Each sulphur and
nitrogen atom contributes respectively two m-electrons and one mw-electron to form

a 2x-centre Tmw-electron bonding unit within a 2-dimensional chain46.

For such a
chain, the standard Lewis structures are of type (72), from which the "increased-
valence" structure (74)21 may be generated via (73) and the delocalizations indi-
cated in (72). Alternatively, we may also obtain (74) by writing down the "long-
bond" structure (75) with zero formal charges on all atoms, and then proceed to (74)
via (76) by delocalizing non-bonding sulphur electrons into adjacent S~N bonding
n-orbitals. Examination of (76) shows that "increased-valence" structure (74) is
constructed from polymerized Pauling "3-electron bond" structures for the S-N
m-electrons. Alternatively, (74) may also be considered to involve the polymeriza-
tion of the 6-electron 4-centre "increased-valence" structures for the m-electrons
of (73). "Increased-valence" structure (74) involves partial double-bond character
for each of the S-N bonds, which is in in accord with the measured bond-:l.engths‘16 of

o o
1.59 A and 1.63 A.

_§Q N (2 ﬁ N: S~ N (+S) ./ O

(72)

— s R, L —
.\N—s‘./.. \-!\'_—s.o/
(73)

(+1%) (-%) (+%) (-%)

= . () %) o . (% %) o -N=
R Héi)/!‘! §\('.\! ) (+s.)/ -

(74)

(75)
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N— N—
\N—S/ \N—S/

(76)
(+%) (-%) (+%) (-%)
=S \&‘A) (-;A)/ ‘A) +;,g:)/.,N._=
(74)

13-9 PARAMAGNETIC “"INCREASED-VALENCE"” STRUCTURES

All "increased-valence" structures that we have described so far are
appropriate when an even number of electrons is present in the N-centre bonding
unit. Therefore, they can be constructed for diamagnetic § = 0 spin-states. When
an odd number of electrons is involved in N-centre bonding, paramagnetic "increased-
valence" bonding units are also possible. The smallest of them pertain for
3-electron 3-centre, 5-electron 4-centre and 7-electron 5-centre bonding. They are
exemplified in the "increased-valence" structures for (78) for CN, and the bimolecu-
lar HO3 and ONOj complexes that pertain for the H + O3 + HO + 0, and NO + O3 + NO, +
O, reactions. "Increased-valence" mechanisms for these reactions will be described
in Chapter 22. The general "increased-valence" structures for 5-electron 4-centre
and 7-electron 5-centre bonding units are of types (79) and (80) respectively. They
may be constructed by bonding the "increased-valence" structure Y—-A o B to either
an atom ¢ with one unpaired electron, or to the diatomic Pauling "3-electron bond"
structure C o 5, as is shown. Electron spin theory for (79) is described in Section
15-2. "Increased-valence" structure (78) for CNy, which may be generated from the
Lewis structure (77), involves no Pauling "3-electron bond". It may be noted that
3-electron 3-centre bonding units are not electron-rich, but "increased-valence"
structures can be constructed for them. A second example is provided by Hj3, with
the Lewis and "increased-valence" structures of (81) and (82). It is easy to verify
that "long-bond" structures are not components of "increased-valence" structures for

3-electron 3-centre bonding units.

e R 0 %)
:N_c—ly: > IN——=C——=N:
(77) (78)
Y——A + B + ¢ ——>» Y—A « B—C

(79)
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Y—A - B + ¢ D —>» Y—A - B—C -+ D
(80)
. . (%) (+%) (+%) (%)
H—H H <> H H—H H—H + H «—> H . H—H
(81) (82)
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CHAPTER 14
DELOCALIZATION OF LONE-PAIR ELECTRONS INTO ANTIBONDING ORBITALS:
INCREASED-VALENCE STRUCTURES, MOLECULAR ORBITAL THEORY
AND ATOMIC VALENCIES

Three related topics that involve diatomic antibonding orbitals will be
discussed in this chapter. Firstly, "increased-valence" structures for 4-electron
3-centre bonding units will be constructed by delocalizing a lone-pair electron on
one atom into an antibonding orbital between a pair of adjacent atoms. Then the
approximate 3-centre molecular orbital theory that arises from delocalization of
lone-pair electrons into an antibonding orbital will be presented, with emphasis
given to the relationship that exists between the "increased-valence" and the
molecular orbital theory. Finally, by making particular use of the charge distribu-
tion for antibonding orbitals, expressions for atomic valencies will be deduced for

"increased-valence" structures.

14-1 DELOCALIZATION OF LONE-PAIR ELECTRONS INTO ANTIBONDING ORBITALS

The third method for generating "increased-valence" structures utilizes the
molecular orbital description of the Pauling "3-electron bond"” in terms of bonding
and antibonding orbitals.

We shall commence our discussion by recalling that "increased-valence"

structure (1) involves the electron spin distributions of (2) and (3).

o [e] X X
X B <C— Y A O B

>0

. X
Y—A - B = Y
(1) (

N
~

(3)

In Section 3-6, we have demonstrated that the wave-function for a Pauling
"3-electron bond" structure A « B may be expressed as either (wab)z(w;b)1 or
(a)1(wab)1(b)1: (z a"wgbb" or an‘;bbB), in which ¥, = a +kb and “’;b =x"a - bare
bonding and antibonding molecular orbitals, and a and b are overlapping atomic
orbitals. For the Pauling "3-electron bond" structures : X % and i o B of (2) and
(3), the antibonding ‘v;b electron of the molecular orbital configuration
(wab)z(w;b)1 must have an s, spin quantum number of -1/2 and +1/2 respectively.

This equivalence that exists between wab)z(“‘;bﬂ and (a)1(‘{aab)1(b)‘I indicates
that we may obtain the electron distributions of (2) and (3) by writing down the

standard Lewis structure (4), and then delocalizing one of the non-bonding 'Y.
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electrons into the vacant antibonding A-B orbital of (4). By doing this we are
assuming here that the wave-function for the A-B bond of (4) is a doubly-occupied

bonding molecular orbital with wave function (wab)z. Thus, we may write

../_\, X o x X

o o
Y A=——B ec—mp Y A X B <€—» Y A o B

(4) (2) (3)

We now have a second method for generating an "increased-valence" structure
from a standard Lewis structure. This technique, namely that of delocalizing a
lone-pair electron into an antibonding orbital, is particularly suitable when the Y
and B atoms of (4) carry formal negative and positive charges respectively. Atom A
of (4) may carry either no formal charge, or a formal positive charge. The
delocalization of a Y electron of (4) into the antibondingA-B orbital will then
reduce the magnitudes of the formal charges and increase the number of electrons
that participate in bonding.

In order to obtain suitable arrangements of formal charges in (4), it is often
necessary to construct standard Lewis structures that exhibit considerable formal
charge separation. The primary "increased-valence" structures for FNO and F,0, that
are in qualitative accord with the observed bond-lengths (Sections 11-2 and 11-4)
are (6) and (8). To generate them by using the present procedure, we need to write
down the standard Lewis structures (5) and (7), and then delocalize electrons from

the F~ into vacant antibonding orbitals of No' and o%*.

F S
(+) \(—m A +) m.
N==

INS=0: ——> =0 I0==0:

(5) (6) (7)

Other examples are shown in Fig. 14-1, where we have written down ionic
standard Lewis structures for some of the molecules discussed in Chapter 11, and
then generated "increased-valence" structures by using this technique alone. For
some molecules, it is necessary to delocalize electrons into both bonding and
antibonding orbitals simultaneously. For example, if we wish to generate the
"increased-valence" structure (10) for N,0, from the ionic Lewis structures of (9)
for NO~ and NOo*, we must delocalize a nitrogen lone-pair electron of NO~ into an
antibonding orbital of N0+, and also delocalize an oxygen electron of NO~ into the

adjacent bonding orbital. These delocalizations are indicated in (9).
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. 2 %) %)
I\ — /"
/—" N /o \
QW (-.0.- Q- (+%) (+%) Q-
) (10)
.s .o b .
‘o’ 0’ 0
// \1‘“'9’ (+%) \\ .
—N N=——0: —> N——0:

Generation of "increased-valence" structures for FNO,, NO,, F,SO and
O3 from Lewis structures by delocalizing lone-pair electrons into
vacant antibonding orbitals. For FNO,, F,S0 and O3, ionic Lewis
structures have been written down.

Figure 14-1

This type of combined delocalization can be used whenever one has Lewis
structures of type (11) for 6-electron 4-centre bonding units. On the other hand,
the Lewis structure (12) requires delocalization of A and D electrons into bonding

A-B and C-D orbitals in order to generate the "increased-valence" structure (13).
AT
(1) \

A.B—cC+D
(13)
%Y s—c pﬁ
(12)
In this chapter, we have used both Heitler-London and molecular orbital
descriptions of electron-pair bonds on different occasions. For example, a doubly
occupied bonding molecular orbital (namely (wab)z) has been used to describe the
electron-pair A-B bond of the standard Lewis structure (4), but when we delocalize a
Y electron of (4) into the antibonding A-B orbital (w;b), the resulting wave-

function (neglecting electron spin and indistinguishability)
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(y)1(w;b)1(vab)2 = constant x (y)"(a)"(“vabﬂ(b)‘I

indicates that the (fractional) Y-A bond of "increased-valence" structure (1) must
have a Heitler-London type wave-function arising from the (y)‘l(a)1 configuration.

If one wishes to use only Heitler-London wave-functions for all electron-pair
bonds, then instead of saying that we delocalize a Y electron of (4) into an
antibonding A-B orbital, we may say that we delocalize a Y electron of (4) into the
A and B atomic orbitals. When this is done, we obtain Lewis structures (14) and
(15), with configurations (y)1(a)2(b)1 and (y)‘(a)‘(b)2 that involve Heitler-London
formulations of the wave-functions for the "long" Y-B, and Y-A bonds. Resonance
between (14) and (15) is equivalent to the utilization of "increased-valence"
structure (1) (with a Heitler-London type wave-function for the fractional Y-A
bond). However, to generate (1) from (4), it is colloquially simpler to speak of
"delocalizing a Y electron into an antibonding A-B orbital"”, and we shall use this
expression when it is appropriate to do so.

¥y X 3 ¥ h B
(14) (15)

In Chapter 21, the theory of this section will be applied to Lewis acid-base

reactions.

14-2 APPROXIMATE MOLECULAR ORBITAL THEORY FOR 4-ELECTRON 3-CENTRE
BONDING UNITS

An approximate 3-centre molecular orbital theory has frequently been used to
describe non-symmetrical 4-electron 3-centre bonding units. It involves the
construction of an (approximate) 3-centre molecular orbital by linearly combining
the Y lone-pair orbital with the vacant antibonding A-B orbital of the Lewis
structure (4). This gives a 3-centre molecular orbital formulation for the phenome-
non of lone-pair delocalization into an antibonding orbital (c.f. Sections 7-2 and
7-4 for 6-electron 4-centre bonding) .

If the A-B bond of the standard Lewis structure (4) is described in terms of
double occupation of the bonding molecular orbital VYapr the wave—fum:tion* for this

structure is given by Eqn. (1).

Y(¥ a—B) = 23,2 = 1B b, ) (1)

Slater determinantal formulations for 4-electron 3-centre wave-functions are described in Section 15-1.
Although they are not required for the algebra of this section, we have used them for the sake of
completeness in Eqs. (1), (3), (4) and (8).
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*
The vacant antibonding orbital y,, overlaps with the doubly-occupied lone-pair

orbital y. The approximate molecular orbitals of Eqn. (2) may then be constructed,

which omit the overlap that. also exists between y and the doubly-occupied VYape

* *
¥q = CqYy * Co¥ap + W2 = Cp¥ = Cq¥ap (2)

= 2 -
¥im0) = ()2 )2 = 19208498 (3)

The lowest-energy molecular orbital configuration is then given by Eqn. (3),

and this type of configuration has been frequently used or implied in qualitative

molecular orbital descriptions of 4-electron 3-centre bonding units. Thus,

(a)

(b)

(c)

(d)

(e)

(£)

To account for transition metal-ligand and ligand bond-properties, back-
*
donation of tZg electrons from the metal into the antibonding m orbitals of

co, CN”, NO* and N, ligands is invokea'~>,

For some aliphatic chloro compounds that contain oxygen or fluorine atoms,

6

Lucken® has described the interaction of a p-orbital of either of these atoms

with the antibonding C-Cl o*-orbital.

williams/’

has indicated that Lucken's theory might pertain to many saturated
systems - for example, to account for the shortening of the C~F bonds and the

lengthening of the C-H bond of CF3H.

Spratley and pimentel® have described the relative extent of interaction of
fluorine or hydrogen atomic orbitals with antibonding N-O or 0-O n* orbitals
of FNO, HNO, F202 and 8202.

Pearson' 59

molecular orbital description of SN2 reactions involves the
interaction of a lone-pair orbital of the nucleophile B with the antibonding

C-Cl o* orbital of CH3—cl.

Drago and corden10 have recently reviewed the spin-pairing model of the

bonding of 0, to Co(1I), Cr(II), Mn(II) and Fe(II) complexes, with a y,-type
*

molecular orbital to describe the spin-pairing. The y and V,p are the metal 4,

*
and an antibonding o0 orbital of ground-state 0y

We shall now relate this type of molecular orbital theory to the "increased-

valence" theory of Section 14-1. A doubly-excited configuration ¥,(MO) of Eqn. (4)

may also be constructed, in which V¥, instead of ¥, is doubly-occupied.

YoM0) = (Wap)2wy)? = veuEivivi (4)
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On substitution of the LCAO forms for y, and Vo into Egs. (3) and (4), we

obtain
o o e X 0 _0 o x X
¥,(MO) = c3¥(Y A—B) +c3 ¥(Y A B) + cqc{¥(Y A XB) +¥(Y AOB)}
(5)
o o e X o _o ¢ X X
¥,(MO) = c3¥(Y A—B) +ci¥(¥Y A B) - cqcp{¥(¥Y AXB) +¥(Y AOB)} g

in which T(.Y. A—B) is given by Eqn. (1),

. W *
vy K B = peip? = Wighadvabl o

and
X o (o] o X X
¥(¥ RAxB +v(¥ aoB = Wil il + 1vnlvityfl (8)

The lower-energy linear combination of ¥,(MO) with WZ(MO) gives the C.I.

(section 3-3) wave-function of Eqn. (9) with |cq| > |cy| and ¢y > 0 when C, < 0.
¥(CI) = Cq ¥4(MO) + C, ¥,(MO) (9)

If cq andc, in the molecular orbitals of Eqn. (2) have similar magnitudes,
i.e. if y and ";b have similar energies, then the primary component of ¥(CI) will be
given by Eqn. (8). Therefore, "increased-valence" structure (1) (which is equi-
valent to resonance between (2) and (3)) is the primary valence-bond structure for
this approximate molecular orbital scheme when configuration interaction is invoked.
It should be noted that because Vap as well as \v;b overlaps with y, the

canonical 3-centre molecular orl:ritalsl:L are given by Egn. (10) rather than Egn. (2).

*
Vi =Cj1 ¥ *Cip Yap * Cj3 Yap (1 = 1°3) (10)

14-3 ATOMIC VALENCIES FOR "INCREASED-VALENCE" STRUCTURBSI12

The (co)valence of an atom in a molecule corresponds to the number of covalent
bonds formed by the atom. Inspection of the standard Lewis structure (15) reveals
that the valencies for the Y and A atoms are both unity. Each atom contributes one
electron to form the Y-A covalent bond. For "increased-valence" structure (1), the
A-atom is involved in both Y-A and A-B bonding. These two components of the A-atom

valence will be designated asV andV,p, withv, =Vay +Vape We shall now show

ay
that v, for "increased-valence" structure (1) can exceed unity when the molecular
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orbitals of Egn. (11) are used to construct the Pauling "3-electron bond" configura-

tion (wab)z(w;b)1 for the A-B component of (1).

(a)

(b)

*
Vap = (a + kb)/(1 + k1), yip = (ka = b)/(1 + k)" (11
To calculate Vay' either of the following equivalent procedures may be used:

*
The antibonding wab electron of (1) is spin-paired with the y electron to
generate fractional Y-A and Y-B bonding (Fig. 11-2). The valence Vay must
therefore correspond to the A-atom odd-electron charge, which is calculated

*
from the square of the coefficient of the a orbital in y_;. We thereby obtain

= 2

Vay = k*/(1 + k*) (12)
Because (1) is equivalent to resonance between (14) and (15), and (14) has no
Y-A bond, Vay must correspond to the weight for (15) in this resonance. 1In

Section 3-11, we have deduced that
Wap) 2! = (@27 + k() ()2} /(1 + k2)? (13)

from which it follows that

———

Y(Y—a + B) = (v(¥f X B) +ky(Y=—a B)}/(1 +Kk2)% (14)

.
The weight for YeeA B is equal to the square of the coefficient of

Y(Yemed B) in Eqn. (14). This gives the V of Egn. (12). It also

ay
corresponds to the bond-number of the fractional Y-A bond in (1).

For the one-electron A e B bond of (1), the valence Vap Must be such that for

*
the Pauling "3-electron bond" configuration (Wab)z(wabﬂ' the following correlation

must exist between the a-orbital charge (Paa) and Vabt

.o . . . . o0
Structure A B A *B A B
0 1 ©
Paa 2 1.5 1
Vab 0 0.5 0
.
(For k = 1, the one-electron bond of'.A e B is homopolar, and therefore
Vap = 0.5). We thereby obtain Egn. (15) 12.

Vab = =2(2 = P,,) (1 = Pgy) (15)
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For any value of k, the P_,, is given by 1 + 1/(1 + k?) (Table 3-3) and

therefore
Vap = 2k2/(1 + k2)% = 2P;b (16)

in which P, is the bond-order for the A.8B component (Table 3-3) of "increased-
valence" structure (1).

By summing V and V,y of Egs. (12) and (16) the total A-atom valence of Eqn.

ay
(17) is obtained. For 1< k < e, V, > 1, i.e. the A-atom valence for "increased-
valence" structure (1) exceeds the value of unity that occurs in the standard Lewis
structure (15).

Va =Vay * Vap = k2/(1 + k) + 2k?/(1 + k*)* (17)

a ay

Similar procedures may be used to deduce that the B-atom valence for (1) is

given by Eqn. (18). Because the Y-atom valence for (1) (namely Vy = Vya + Vyb) must
always equal unity, the sum of the atomic valencies for (1) is given by Egn. (19).
It has a maximum value of 3 when k = 1, which is in accord with the earlier
deduction (Section 11-1) that a maximum of three electrons may simultaneously

participate in fractional Y-A, Y-B and A-B bonding.

Vp = Vpy #Vpa = 1701 + k) + 2k2/(1 + k*)? (18)

Vg + Vg +Vp =2+ 4k?/(1 + k)2 (19)

For "increased-valence" structure (13), the bonding and antibonding molecular
orbitals for the Pauling "3-electron bond" components of (16) and (17) are given by
Egs. (11) and (20) when A and D, and B and C are pairs of equivalent atoms. We
shall now use these orbitals to deduce that the B and C valencies of (13) can exceed

unity in value.

(13) (16) (17)

%
Voa = (A+ke)/(1+ k)7,  yha= (k- c)/(1 +k?) (20)

*
with (bap)2@ip ! = @207 +k(a) (02 and (v 2Whg ! = (@) 1(@)?
+ k(c)z(d)'I ,it is easy to deduce that the wave-function for "increased-valence"
structure (13) is equivalent to that of: Eqn. (21), in which ¥,,, ¥,4, ¥19 and ¥,

are the wave-functions for Lewis structures (12) and (18)-(20) (cf. Eqgn. (10-15)).
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‘1’13 = {"12 +k(‘f18+ ‘1’19) +kz"20)/(1 +kz) (21)
,/a“\\ I’f"*\\\ ,,”_‘\ “
oo oo L1l . .o L i .o . L1d L d o L1l
B—C 2 B A B ¢ D A B C b

By squaring the coefficient of ¥,, in Eqn. (21), the weight (W,, of Egn. (22))
for Lewis structure (12) is obtained, which corresponds to the bond-number (Nbc) for
the B-C bond of (13), and hence to the valence Vp . in the latter structure.
Ssimilarly, the weights for structures (18)-(20) (Egs. (23) and (24)) give the

valencies Vg4, V and V_ 4 for "increased-valence" structure (13). When Vp . and V4

ac
are added, the B-atom odd-electron charge (cl’;2 of Egn. (25)) is obtained. The
latter result shows how the fractional odd-electron charge of the B-atom is used for

both B-C and B-D bonding; this has been noted previously in Section 7-1.

Wip =Vpe = 1/(1 + k*)? = Ny, (22)
Wig =Wqg = Vypgq = Voo = kK2/(1 + k2)2 (23)
Woo = Vag = k*/(1 + k?)2 (24)

Ve + Vpg = /(1 + k*) = cgz (25)

Within the Pauling "3-electron bonds" A « Band C « D of (13), the B and C
valencies are given by Eqn. (26) (c.f., (Eqn.(16)), in which P,; and P_4 are the
bond-orders for these bonds in (13). The total B-atom valence, namely
Vyp = Vpe + Vpg * Vpas is then equal to the V) of Eqn. (18) for "increased-valence"

structure (1). Therefore, Vy (= V) > 1 when 0 < k < 1.
= = 2 2y2 - 2 =
Vpa = Veag = 2k2/(1 + k)2 = 2P%) = 2Py (26)

In Section 13-3, the delocalized molecular orbitals are given for symmetrical
6-electron 4-centre bonding units. When these are normalized excluding atomic
orbital overlap integrals, and the parameter u is set equal k, the B-C bond-order
Py for the molecular orbital configuration ¥4(MO) = (W1)2(W2)2(‘03)2 is equivalent
to the B~atom odd-electron charge of Eqn. (25) for "increased-valence" structure
(13). The B-C bond-number for (13), namely the weight W,, of Eqn. (22), is equal to
Pi_,c for ¥,(MO) when u = k. For this value of u, the A-B and C-D bond-orders for
"increased-valence" structure (13) and ¥,(MO) are identical, with each having a

value of k/(1 + k?).
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CHAPTER 15
SLATER DETERMINANTS AND WAVE-FUNCTIONS FOR
“INCREASED-VALENCE" STRUCTURES

The Slater determinant theory of Section 3-7 will now be extended to construct
wave-functions for "increased-valence" structures. Some of the theory for this

Chapter will be used again in Chapters 20, 23 and 24.

15-1 “"INCREASED-VALENCE" WAVE-FUNCTIONS FOR 4-ELECTRON 3-CENTRE AND
6-ELECTRON 4-CENTRE BONDING UNITS

In Chapters 11, 12 and 14, we have indicated that the "increased-valence"
structure (1) involves the electron spin distributions of (2) and (3), in which the
x and o represent electrons witha and B spin wave-functions. Here, we shall
construct Slater-determinantal wave-functions for (2) and (3), and hence for the

"increased-valence" structure (1).

The wave-functions for the Pauling "3-electron bond" structures g X g and
i o § of (2) and (3) are given by Egs. (3-36) and (3-35). In (2) and (3), we have a
fourth electron with spin wave-function a or B, which occupies the atomic orbital y
centred on atom Y. Therefore, the wave-functions for (2) and (3) are given by the
Slater determinants of Egs. (1) and (2), for which the identities of Egs. (3-36) and

(3-35) have been used.

X [ o

¥(¥ A xB) = Iy* w2 w8 viBl = 1+ k) 1y AP vy pB (1)
o x X

¥(¥ AoB = Iy8 v vB vadl = -1+ kk) I¥P a® vEy p° (2)

Examination of Egs. (1) and (2) shows that each of (2) and (3) involves two
singly-occupied orbitals, namely y and W;b = k*a - b. In order for bonding to occur
between Y and AB due to overlap between y and W*ab' as it does in the "increased-
valence" structure (1), it is necessary to spin-pair the two electrons that occupy
these orbitals, thereby generating an $§ = 0 spin-state. By examination of the
Heitler-London § = 0 wave-function of Eqn. (3-25), which also has two singly-

occupied orbitals, it is seen that the appropriate wave-function for the
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spin-pairing of (1) must involve the wave-function |... y® w;%l + Jaee ‘#‘;(i, yBI for
the two singly occupied-orbitals of (1). By interchanging rows or columns of the

Slater determinants of Egs. (1) and (2), we may write

X o o
¥(Y A X B)

*
l‘#gb ng y"waﬁl (3)

o X X
¥(Y A OB)

1y B8 *a B
¥3p Vab Vab ¥ l (4)

in which we have grouped together the singly-occupied orbitals. The appropriate S =
0 wave-function for "increased-valence" structure (1) is therefore civen by Egs. (5)

and (6).

o X O _ o o x X
¥(Y—A « B) = ¥(Y A XB) - ¥(Y A OB)

*
193y vEp v ¥R 1+ 1vdp vBy v ¥ (3)

(1 + ke Cly® a® w2 bBl + 1yP a® vB, p21) (6)

It is important to realize that Y(Y—A -« B) may be expressed either as Eqn.
(5) or as Eqn. (6). For the purpose of relating directly to the valence-bond
structure (1), Egn. (6) is appropriate, but Egn. (5) shows clearly that the
"increased-valence" structure (1) involves the spin-pairing of two electrons, one of
which occupies an atomic orbital on Y, and the other occupies the antibonding A-B
orbital.

Inspection of Eqgn. (6) shows that a Heitler-London type wave-function has been
used to construct the wave-function for the fractional Y-A bond of (1). If it is
preferred to use bonding molecular orbitals to describe the wave-functions for all
bonds, then we may construct the S = 0 wave-function of Egn. (7) for the four
electrons of (1), in which “‘ya =y +f%a and & > 0. The properties of Egs. (6) and
(7) are different, and on most occasions, we shall be implying the usage of Eqn.
(6). some further considerations of Eqn. (7) will be provided in Chapters 20 and
23.

vir—a «B) = w3, vB wdp BB 1w 1vg, v, b vhy (7

"Increased-valence" structure (1) is the fundamental "increased-valence"
structure. Together with (4), it is appropriate whenever four electrons can
participate in 3-centre bonding. But, as we have discussed in Chapter 13, it is
possible to construct longer "increased-valence" structures that are appropriate for
different types of N-centre bonding units, with N > 4. Here, we shall construct a
wave-function for the 6-electron 4-centre "increased-valence" structure (5) (Section

12-3), which is obtained by spin-pairing the odd-electrons of the Pauling
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"3-electron bond" structures of (6). For the Pauling "3-electron bond" structures,
the odd electrons occupy the antibonding w;b and u’::d molecular orbitals, and the
bonding molecular orbitals V¥, and ¥ .q are doubly occupied. When spin-pairing of
the odd-electrons of (6) occurs, the two singly-occupied antibonding orbitals will
also pertain for the wave-function for (5). Consequently, the § = 0 wave-function

for (5) is given by Eqn. (8).

Y—A * B Y+ar—B
(1) (4)
AeB—C D AeB C D
(5) (6)
. . * * *
YA e B—c + D) = 3, vof vah vol v3q vEal + 193y vEp ved vib viq vEal (8)

Orbital-occupancy diagrams that correspond to the Slater determinants of Egs.

(5) and (8) are displayed in Figs. 11-2 and 11-3.

15-2 SPIN DEGENERACY AND WAVE-FUNCTIONS FOR “"INCREASED-VALENCE"
STRUCTURES

Except for 4-electron 3-centre and 6-electron 4-centre "increased-valence"
structures, all other "increased-valence" structures involve the spin-pairing of
three or more odd electrons, i.e. in the "increased-valence" wave-function, three or
more orbitals must be singly-occupied. This may be seen by examination of the
"increased-valence" structures (7) and (8) for 5-electron 4-centre and 8-electron
6-centre bonding. These structures have been expressed in terms of their atomic and
Pauling "3-electron bond" components, below which we have written the singly-
occupied orbitals. When three or more orbitals of an atom or molecule are singly-
occupied, the phenomenon of spin degeneracy arises, i.e. there exist two or more
wave-functions with the same set of s and S, spin quantum numbers. For each of the
"increased-valence" structures (7) and (8), the spin degeneracy is two; there are
two wave-functions with s = Sz =% for (7), and two wave-functions with s = S, = 0

+

for (8). These wave-functions are given' by Egs. (9)-(12), in which we have omitted

all doubly-occupied orbitals from the Slater determinants.

. o o o
A—B *C—D = A B°+<C D
(7 a Vab
T 1he ¥, and ¥, of Egs. (9 and (10) are orthogonal, whereas the ¥; and ¥, of Egs. (11) and (12) are not

orthogonal. An orthogonal set may of course be constructed from the latter pair of functions, but for our
present purposes, it is more useful to use Egqs. (11) and (12).
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Y—A+B—C+D—E = Y A+B &b E
* *
(8 Y  Vap Yea e
*,
Y (Y—a « B—0) = 21y® vo FI - 1y® viB Bl - 1¥B g Bl (9
Y(x—a + B—0) = Iy* v.f Pl - 1yP vl (10)

e - TR R R B

SRE A A B P e R (n
Y, (Y—A « B—C + D—E) = Iy® vif vi% Bl + 1v® v 3 vef &0l
Dl A - R B PR e S P (12

In Egs. (11) and (12), there are six different types of Slater determinants.
These generate different spin arrangements for the four singly-occupied orbitals,
and lead to the spin distributions of (9) for the eight electrons of "increased-

valence" structure (8).

X o X X o o x X X O o O O
Y AXB COD E Y AOB CXD E Y AXB CXD E
(9a) (9b) (9¢c)

o X X X X X X X O O O O O o X %X X
Y AOB COD E Y AOB CXD E Y AXB COD E
(94) (9e) (9f)

Each of (9a)-(9f) involves two one-electron A-B and C-D bonds, but they differ
in the number of two-electron spin-pairings which can occur between pairs of
adjacent atoms. Thus, each of (9a) and (9b) can lead to fractional Y-A, B-C and D-E
spin-pairings; (9c) and (9d4) generate Y-A and D-E spin-pairings, and (9e) and (9f)
can only involve B-C spin pairing. We may construct any linear combination of ¥,
and Yo, each of which generates some Y-A, B-C and D-E bonding (i.e. spin pairing).
However, the special linear combination ¥, + ¥, gives equal possibility for the
three spin-pairings to occur.

similar types of wave-functions are also appropriate when two orthogonal sets
of 4-electron 3-centre bonding units are present in the molecule, as occurs in the
"increased-valence" structures (10) and (11) (c.f. "increased-valence"” structures
(1) and (V) ofsection 2-5(b)for N,0 and F,0;,). For spin-pairing to occur only within
a 4-electron 3-centre bonding unit, the appropriate s = 0 wave-functions have Slater
determinants with the spin distribution of Eqn. (11) (i.e. aBaB + BaBa - aBBa —
BaaB), in which the order of (singly-occupied) spatial orbitals in each determinant

is vy, “";b' y', and W;;, for structure (10) and a, “’::c' d, and wg:’for structure (11).
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Y—a:B B:C
(10) (11)

One of the "increased-valence" formulations of 1,3-dipolar cycloaddition

reactions (Section 22-4) involves electronic reorganization of the general type

(12) (13)

for a 6-electron 5-centre bonding unit. Four singly-occupied orbitals (y, “;b' c
and d)are involved, and the spin wave-functions are those of Eqn. (11) for structure
(12), and Egn. (12) for structure (13); the order of spatial orbitals in each
Slater determinant is y, ‘l‘;b' c and d. For the linear combination y = Ci¥q + Co¥y,
lc‘ll >> |CZ| near the start of the reaction and Ic2| >> |cq| near its conclusion.
In Table 15-1, we report the spin degeneracies for the s = 0 and § =% wave-

functions for "increased-valence" structures with 4-12 electrons.

n n, D
. .
A+B 3 1 1
Y A.B 4 2 1
A BeC D 5 3 3
. L . L]
AeB & D 6 2 1
YA Be.C D 7 3 2
Y A.B ¢&.D B 8 a4 2
YA BeC DR 9 3 2
YA B+.C DeE P 10 4 2
o . L] . L] o * .
Y AB C¢eD E.F & 1 5 5
. . L . o o . .
YA BeC DeE F oG 12 4 2

Table 15-1 Some "increased-valence" structures expressed in terms of their compo-
nent "three-electron bonds". p = number of electrons; ny = number of
unpaired electrons; p = spin degeneracy for singlet (5 = 0) and doublet
(s =% ) states.



CHAPTER 16
CLASSICAL VALENCE STRUCTURES AND QUINQUEVALENT NITROGEN ATOMS

For a number of electron-excess molecules that involve atoms of first-row
elements (in particular, nitrogen atoms), an older type of "increased-valence"
structure is sometimes used to represent their electronic structures. Since the
1860's and up until the introduction of the Lewis~Langmuir octet theory, nitrogen
atoms were very often represented with valencies of 3 or 5 in valence-bond struc-
tures. For example, valence-bond structures for N,0, Me3NO, and N,0, were written

as (1)-(3).

N=N==0 CH (::Ii—N= O\N N/o
3 c“a/ o/' \o

(1) (2) (3)

Using (1) for N,0, with an N-N triple bond and an N-O double bond, we would be
let to predict that the bond-lengths are similar to the 1.10 ID\ and 1.21 Ii for N, and
CH3N=0. The experimental lengths of 1.13 }; and 1.19 A confirm this expectation
(section 2-3(b)), and on this basis (1) is a suitable valence-bond structure for
N,O0. But the Lewis theory, with electron-pair bonds, does not permit a valence of
five for first-row atoms, provided that only the 2s and three 2p orbitals of these
atoms are used for bonding. Therefore, in the Lewis theory, the quinquevalent
structures are replaced3 by octet structures such as (4)-(6) for N,0, and (7) and

(8) (together with equivalent resonance forms) for Me3NO and N5O4e

-) (+) ) (+)

IN—=N=—T7=0Q: IN—N=—=x=O0:
(5) (€)
CH3 XN .b-.
CHg A(; )—-(:ci): \\N(_+) (+)N/

7 /X

P (%

(7) (8)
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In these latter structures, the valencies of N~, N, and Nt are 2, 3 and 4
respectively. We may note that each of (1), (2) and (3) seems to have one more bond
than have the corresponding Lewis structures, and therefore we might also call (1),
(2) and (3) "increased-valence" structures. Alternatively, we may say that the
quinquevalent nitrogen atom has increased its valence relative to the maximum of
four which is allowed in the Lewis theory. Sometimes, the valence-bond structures
such as (1), (2) and (3) are designated as "classical valence structures", and we
shall refer to them as such here.

Although the use of octet structures such as (5)-(8) is extremely widespread,
it is by no means universal4s5, Sometimes, the classical valence structures are
used to account for certain empirical information, and the quantum mechanical basis
for them is not discussed, i.e. it is not suggested how the nitrogen atom forms five
covalent bonds. However, there have been three major attempts to explain how a
nitrogen atom (or other first-row atoms - in particular, a carbon atom) may acquire
an apparent valence of five, and we shall describe them briefly here.
2p; Zp; is promoted to either
n6-8, both of which

(a) The nitrogen ground-state configuration 252 2p;
1 1 1 1 1 1 1 1 1 1 5 i
2p, 2py 2p, 3s' or the 2s’ 2p, 2py 2p, 3d’ configuratio

have five unpaired electrons. This theory is usually considered to be unsatis-

the 2s
factory, since the 2s +» 3s and the 2s + 3d promotion energies are very large.

(b) By overlapping three of its four valence orbitals with three atomic orbitals
on one or more adjacent atoms, the nitrogen atom can form three normal electron-pair
bonds. The fourth nitrogen valence orbital then overlaps simultaneously with two
atomic orbitals on adjacent atoms and thereby forms two non-orthogonal bond orbi-
tals. In (9) we show the latter type of overlap for the nitrogen atom of pyrrole;

the classical valence structure for this molecule is (10).

(9) (10)

If in (9), y and b are the carbon 2pz atomic orbitals, and a is the nitrogen
2pz atomic orbital, then from them we may construct the two-centre bond-orbitals
¢L =y + ka and ¢R = b + ka with k > 0. We may put the four t-electrons of (10) into
these two orbitals, to afford the bond-orbital configuration (y + ka)z(b + ka)z. It
is quite satisfactory to do this, provided that it is kept in mind that the two

bond-orbitals are not orthogonal, and therefore, when they are both doubly occupieqd,
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they cannot represent two separate, independent C-N w-bonds. Therefore for this
theory, the nitrogen atom does not have a true valence of five - it is only
apparently quinquevalent. Bent? has used this type of "increased-valence" theory to
describe the bonding for numerous molecules. It may be noted also that (except
for a multiplicative constant) the configuration (y + kxa)2(b + ka)? is
equivalent9_12 to the delocalized molecular orbital configuration
(y + 2ka + b)2(y - b)2 for which the delocalized molecular orbitals correspond to
the bonding and non-bonding molecular orbitals of Section 2-3(a). (The proof of
this result is obtained by using the identity of Eqgn. (3-17), namely if two
electrons occupy orbitals Y, and 12 with the same spins, then (\p1)1(w2)1 H
=2(yq + ¢2)1(v1 - v2)1) ). WwWith this equivalence, the a-orbital valence
igl3.14 Vy = Pzay + P%y = 8k*/(2k* + 1)?, which has a maximum value of unity when
k=2 ". Consequently, the nitrogen atom of (10) remains quadrivalent14, as it is
in the Lewis octet structure. )

This use of two non-orthogonal n-orbitals forms the basis of Paoloni's theory4
of the quinquevalent nitrogen atom. Paoloni was not concerned with the construction
of a wave-function for the quinquevalent nitrogen atom in a molecule, but only with
indicating by means of the valence-bond structure that the two n-electrons of the
pyrrolic nitrogen (tr, tr, tr, n2) configuration (tr = spz) are involved in bonding
to the adjacent carbon atoms.

5

(c) The third theory of nitrogen quinquevalence has an interesting history1 . By

using the molecular orbital configuration
(023)2(0*25)1(o2p)2(11x)2(1r;)1(1ly)2 (1)

for an excited state of No», samue116 in 1944 derived the valence-bond structure
:lsn: , which has two unpaired electrons. Samuel then paired these electrons with
two unpaired electrons of an oxygen atom to form two N-O covalent bonds, i.e. he

wrote .

iIN==N + 0f ——> IN=N=—ZC;

In 1945, Wheland!” defended the Lewis structures (i.e (4)-(6)), and suggested

that N,0 could be formed by combination of the excited NO configuration
2 1 2 2..*1 2..*\1
(028)“(028) "(02p) “(my)“(m ) (ny) (ny) (2)

with a nitrogen atom. From this NO configuration, Wheland obtained the valence-bond
structure -l:l———g):: , which enabled him to retain the nitrogen quadrivalence in the
Lewis structure (4). In another paper, Samuel implied that the excited NO configu-

.,
ration corresponded to the valence-bond structure oé::(i , which generates nitrogen
o

quinquevalence in the reaction - o
sNe + N=—=
. A

11'
|
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Oon replying to Wheland's paper, Samuel gave some additional justification for
using this NO valence-bond structure18.

It seems now that both Samuel and Wheland held the very widespread opinion
that valence-bond structures for diamagnetic moleculesmust have only electron-pair
bonds. Samuel and Wheland had attempted to transform the molecular orbital configu-
rations for N; and NO so that they would obtain electron-pair bonds for N,0. But
neither worker used the correct procedure to obtain valence-bond structures from
diatomic molecular orbital configurations with one or more singly-occupied anti=-
bonding molecular orbitals. The technique that should be used was developed by
Linnett in 195619, and then by Green and Linnett in 196020, and we have described it
on numerous occasions in- this book. When this theory is applied to the excited Ny
and NO configurat'ions of Eqgs. (1) and (2), we obtain the valence-bond structures

l:l::l:l and -l.j-—:,—-é-, with two and three Pauling "3-electron bonds". When these

structures are bonded to oxygen or nitrogen atoms, we obtain valence-bond structures

(11) and (12) for N,0.

=n—0: IN=N—0-

oo

(11) (12)

The valence-bond structure (12) is similar to the "increased-valence" struc-
ture (13) (c.f. Figures 2-10 and 13-1), and it is possible to derive (12) from (13)
by delocalizing an oxygen lone-pair electron into a bonding N-O orbital. To show

this we write

IN=N——0: —— IN=—=N——).

(13) (12)

(We note that the oxygen lone-pair electron of (13) that is delocalized occupies an
atomic orbital which should be predominantly 2s in character. Therefore, this
electron must be quite firmly bound to the oxygen atom, and very little delocaliza-
tion of it is expected to occur. Any delocalization of nitrogen or oxygen 2s lone-
pair electrons has always been ignored throughout this book.)

If we use valence-bond structures such as (13), which have both one-electron
bonds and fractional electron-pair bonds, then we may give the following interpreta-
tion of the apparent nitrogen quinquevalence in (1). Let us assume that (1) and
(13) are equivalent structures. Then it follows that one of the two N-O bond-lines
of (1) represents two N-O bonding electrons occupying two different spatial orbi-
tals, i.e. this N-O bond-line in (1) is equivalent to two one-electron bonds in
(13).

Because "increased-valence" structures such as (13)make clearer the nature of
the spatial distributions of the electrons than do the classical valence structures

such as (1), it would seem to be preferable to use the former types of valence-bond
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structures. They also have the advantage that they do not conceal the (spin-paired)
diradical character, which is sometimes important for discussions of chemical
reactivity. For example, O3 reacts with univalent radicals such as hydrogen and
chlorine atoms, and NO, to form O, + HO, C1l0 or NO,. In Chapter 22, we shall find
that the electronic reorganization that may occur as the reactions proceed is easily
followed through by using "increased-valence" structure (14) rather than the
classical valence structure (15). 1In (14), there is (fractional) odd-electron
charge occupying an atomic orbital on a terminal oxygen atom, and this may be used

to form a partial bond with the univalent radical.

(14) (15)

In Section 13-2, we have generated "increased-valence" structure (16) from the
standard Lewis structure (8) for N;04. Both (3) and (16) have an apparent valence
of 5 for each nitrogen atom*, but (16) relates better to the experimental electronic
structure than does (3). Thus, by inspection of (3), it is not possible to deduce
that the N-N bond should be long and weak. Also, when the N-N bonds of (3) and (16)
are broken, the NO, monomers of (17) and (18) are obtained, with their odd-electron
located in a nitrogen atomic orbital of (17), but delocalized over the molecule in

(18). Only the latter description is in accord with the results of e.s.r.

SN N
.'o/ \o:. o/ :,0.‘ . /

(16) (17) (18)

For each of the "increased-valence" structures that we have described in this
chapter, there is an apparent violation of the Lewis-Langmuir octet rule for some of
the first-row atoms. However, because only the 2s and 2p orbitals are required for
a minimal basis set description of the bonding, no real octet violation occurs in
the molecular wave-function. Further, these structures summarize resonance between

standard and "long-bond" Lewis structures, each of which obeys the octet rule. This

t Using the procedures described in Section 14-3, it may be deduced that the maximum nitrogen valence
for (16) Is 425, and that a total of 18 electrons participate in bonding between all pairs of atoms.
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latter result has been demonstrated in Section 11-9 for "increased-valence" struc-

ture (16), whose component octet structures are displayed in Fig. 11-5. Further

comments on "apparent octet violation" for atoms of first-row elements are provided

in Refs. 14, 15, 22, 23.
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CHAPTER 17
SOME TETRAHEDRAL MOLECULES AND dx - px BONDING FOR SOME
SULPHUR COMPOUNDS

17-1 d-ORBITALS AS POLARIZATION AND HYBRIDIZATION FUNCTIONS

In Chapters 11 and 13, we have described some valence-bond structures for a
number of molecules that involve sulphur atoms. There, we have assumed that only
the valence-shell 3s and 3p orbitals need participate in bonding. Of course, atoms
of the second-row of the periodic table may also utilize one or more 3d-orbitals for
bonding, i.e. such atoms may expand their valence shells. Lewis-type valence-bond
structures may then be written down with more electron-pair bonds then are present
in the octet structures. For example, (1) and (2) are examples of Lewis octet and
expanded valence-shell structures for (CH3),SO. An "increased-valence" structure
such as (3) does not necessarily involve the participation of sulphur 3d-orbitals in
bonding. Structures (2) and (3) are obtained respectively by delocalizing oxygen w
or T electrons of (1) into either a vacant sulphur 3d-orbital or into bonding S-0
orbitals; the relevant (ovérlapping) atomic orbitals for the latter are a sulphur
hybrid orbital of an adjacent S-Co-bond and an oxygen n- or 7-orbital. In (3),
1-electron bonds replace the additional q‘—pﬂ bond that is formed when the sulphur
atom expands its valence shell in (2). sSimilar types of structures for soz' are
(4)-(6), with the sulphur atom for (5) utilizing two 3d-orbitals in the two 4 -p_

s-0 bonds.

CH3 CHg CHg
+ .6 .
3s—0¢ Is==o0: 3§ ——0:
CHj CHg CHg
(1) (2) (3)
. S - S

(4) (5) (6)
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It is important to distinguish between the role of d-orbitals as hybridization
functions and their role as polarization functions. For the former case, the
d-orbital serves to "increase the number of distinct orbitals utilized in the wave-
function"'. Thus, the octet and expanded valence-shell structures (1) and (2) have
C1szp3, vy + C28p4, V3 and C182P3d, Vg + c25p4d. V4 valence-state configurations for
the trivalent and quadrivalent sulphur atoms. For structures (4) and (5) the
sulphur valence-state configurations are sp3, V4 and sp3dz,V6. When a 3d-orbital
participates as a polarization function, it "merely moderates the shape of pre-
existing orthogonal hybrid atomic orbitals"'. For example, the three sulphur
orbitals that form og-bonds in the octet structure (1) may involve some 3d as well as
3s and 3p character; i.e. each orbital may be expressed as cqs + cyp + c3d. The
resulting valence-state configuration is then c1s2p3, V3 + czsp4, V3 + c352pzd, vy +
C4sp3d, V3. Therefore, the utilization of 3d orbitals as polarization functions is
not precluded for either the octet structures or "increased-valence" structures such
as (3) and (6). Our concern here is to distinguish between this type of "increased-
valence" structure,and those that utilize 3d orbitals as hybridization functions for
d" - py bonding. We shall restrict our attention primarily to a consideration of
the bonding for some sulphur compounds.

On the basis of some bond-length data, we shall suggest that expansion of the
sulphur valence-shell to generate ¢ - p, bonding is more likely to occur in either

of the following situations:

(a) The R substituents of R,;SO are alkyl radicals. 1In Sections 11-3 and
11-4 we have concluded that H and alkyl substituents seem unable to
stabilize appreciable development of Pauling "3-electron bonds" in
4-electron 3-centre bonding units of neutral molecules. The delocaliza-
tion of oxygen m or T electrons of (1) into the sulphur 3d-orbital to

form (2) then helps reduce the magnitudes of the atomic formal charges.

(b) The sulphur (or other second-row) atom is involved in the formation of
four electron pair og-bonds in a standard octet structure - for example
(4) for soﬁ'. This is equivalent to saying that either the oxidation
state for sulphur is +6 or that the sulphur formal charge is +2 in the

octet structure.

Admittedly these hypotheses are somewhat speculative, and some exceptions to
them most probably exist. Therefore, the discussion for some of this chapter should
be viewed more as involving orientation, rather than as definitive accounts of the
bonding. The role of 3d-orbitals in bonding for second-row atoms has been discussed
by numerous workers - see for example Refs. 1-6 - and the reader is referred to them

for further details.
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17-2 F,S0, F,SS AND (CH3),SO

In Section 11-4, we have described the electronic structures for F,S0 and
F,SS. These molecules are isoelectronic with sog'. Without the participation in
bonding of the sulphur 3d orbitals, we were able to account for either the
shortening or the similarity of the S-O and S-S bond-lengths (1.41 ;; and 1.86 los) to
those of double bonds (1.49 10\ and 1.89 ;\), and also for the lengthening of their S-F
bonds (1.59 l‘; and 1.60 l‘;) relative to the estimate of 1.54 ;\ for the length of an
S-F single-bond. To do this, we used primarily the "increased-valence" structures
(8) and (10), which may be generated from the standard Lewis structures (7) and (9)
by delocalizing oxygen n- and w-electrons into bonding S-0 orbitals. If it is
assumed that oxygen lone-pair electrons delocalize into a sulphur 3d orbital for
either molecule, Lewis structures (11) and (12) are obtained. The latter structures
have S-O double-bonds, but because they retain S-F single-bonds, they cannot account

for the observed lengthening of the S-F bonds relative to those of single bonds.

F\ “ F\ F F
LG
/zs g: /zs-:—c}: is \:s —$
F F /
(7) (8) (9) (10)

F F

\:S=6: \\:S=°s':

/ /

F F

(11) (12)

In contrast to what is the case for F,S0, the bond-lengths for isoelectronic
(CH3),S0 (C-S = 1.80 1:, S-0 = 1.48 £)7 suggest that sulphur 3d orbitals do partici-
pate appreciably in S-O bonding. The S-0O bond-length is shorter than a single-bond
(1.70 ;), but the C-S bond-lengths are essentially those of C-S single-bonds (c.f.
1.82 Io\ for CH3SH)8. Resonance between valence-bond structures (1) and (2), each of
which has two C-S single-bonds, accounts for the observed bond~lengths. We have
concluded in Section 11-3 that CH3 groups cannot stabilize Pauling "3-electron
bonds" of 4-electron 3-centre bonding units in neutral molecules, and therefore the
delocalization of oxygenw® and 7 electrons of (1) to generate "increased-valence"
structure (3) must occur only to a small extent; otherwise the Cc-S bonds of (CH3)ZSO

would be rather longer than single bonds.
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17-3 F3NO, (CH3)3NO, F3SN AND FSN

Each of the tetrahedral AX3Y molecules of this Section has 32 valence-shell
electrons, as have the sulphones and A0, anions of Sections 17-4 and 17-5. cCon-
sideration of the bonding for these AX3Y molecules provides some support for the
hypothesis that fluorine atoms can stabilize Pauling "3-electron-bonds" in
4-electron 3-centre bonding units for neutral molecules, and that Lewis structures
with expanded valence-shells for sulphur atoms may be appropriate if the sulphur
atoms acquire +2 formal charges in the Lewis octet structures.

For F3NO, the standard Lewis structures are of types (13)-(15). The N-F and
N-O bond—lengths9 of 1.432 ;\ and 1.159 ;\ for this molecule are respectively longer
than the N-F bonds of NF3 (1.37 IZ) and similar to the bond-length (1.15 ;\) for free

L i
NO with valence-bond structure $N—=0$ (Section 4-5). Resonance between (14) and

(15) can account qualitatively for these bond properties, but the formal charges of
(15) suggest that its weight should be rather less than that of (14). Alternative-
ly, we may construct "increased-valence" structures of type (16) either from(14) or

(15) by means of the delocalizations indicated below,

o ()

F SFe :.F.:
\(+) 3] “ ®®
N—-0: N=—=0: a N=O0:
F// F/ :F
F F F
(13) (14) (15)
G o ) o
SFS :F: F3
& ENaY \_ﬂ +) \ %)
N O: N==0: B N===0:
// e
3k .!:.
e F2
(14) (15) (16)
or from 3F + NO via FNO and F,NO according to (17) = (18) » (16).
F F F
\(-‘A) . . (%) \ , (%) \ L (+%)
(_,.N-—— i — 'N=0: > () . N==0:
F°

F2 tF: () F

(17) (18) (16)
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Valence-bond structures of type (16) have satisfactory arrangements of formal
charges. The electronic structure of the N-O component is similar to that of free
NO, and each N-F bond has a bond-number or bond-order which is less than unity.
Therefore, resonance between the three equivalent structures of type (16) accounts
for the nature of the observed bond-lengths.

We may contrast the bonding for F3NO with that of (CH3)3NO. The C-N and N-O
lengths‘|0 of (CH3)3NO are 1.495 ;\ and 1.404 1‘;, which are respectively only slightly
longer and shorter than estimates of 1.47 ;\ and 1.44 ;\ for C-N and N-O single bonds.
Therefore, with respect to these bond-lengths, the Lewis structure (19) gives a
fairly satisfactory representation of the electronic structure of (CH3)3N0. A small
amount of oxygen m and T electron delocalization, as is shown in (20), could be

responsible for the small C-N lengthenings and N-O shortening.

CHj CHg
® 6 AN
N 0: N——0O:
o / . .
CHj CHg
(19) (20)

For F3SN, we may write down the standard Lewis structures of types (21) -
(23). These structures satisfy the Lewis-Langmuir octet rule, but t:hey each carry a

formal charge of +2 on the sulphur atom.

F :Fs tF:

\ (+2) «2) (+2) ) (+2)
S Ne S =—=N; () S ===N:
A A Y
F F F
(21) (22) (23)

We may reduce the magnitudes of the formal charges either by

(a) delocalizing N2~ or F~ electrons into bonding or anti-bonding orbitals,

to obtain "increased-valence" structures such as (24)-(26)
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- %) (%)
F F iFs E
© \ ® - S \
(_%.) . S N. (_%) . NS (-:,é) R S=N: S E N:
F F
(24) (25) (26) (27)
or by

(b) delocalizing N2~, N~ or F~ electrons into vacant d-orbitals on the
sulphur atom, to afford the Lewis structure (27) with an expanded

valence-shell for the sulphur atom.

To help decide which set of delocalizations predominates, we shall also give
consideration to the bonding for FSN. For the latter molecule, the S-N and S-F
bond—lengths” of 1.45 ; and 1.65 lox are respectively shorter than 1.50 ;; for free SN
(with valence~bond structure (28)), and longer than the S-F single-bond length of
1.54 10\. Resonance between the standard Lewis structures (29) and (30) can account
for these observations if it is assumed that the weight for (30) is larger than the
weight for (29). However, the "long-bond" structure (31), with zero formal charges
on all atoms should also make an important contribution to the ground-state reso-
nance. "Increased-valence" structure (32), which may be obtained either by spin-
pairing the odd-electron of SN with that of a fluorine atom, or by delocalizing a
nitrogen 7-electron of (29) into a bonding S-N orbital, is equivalent to resonance
between (29) and (31). Resonance between (30) and (32), with (32) predominating,
can also account for the observed bond-lengths for FSN; it also must represent a
rather lower energy arrangement for the electrons than does resonance between (29)

and (30).

(+%4) (%) F: .;;.H
X o
S —2—R: \ + O +)

oS N: S=

(28) (29) (30)
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P $Fs iF:
el \ () %) \
: N: S——N: S==N:
(31) (32) (33)

If we use the Lewis-structure (33), with an expanded valence-shell for the
sulphur atom, to represent the electronic structure of FSN, we cannot account for
the observed lengthening of the S-F bond relative to that of a single bond. By
contrast, the S-F bond—length12 of 1.55 i for F3SN is essentially that of a single
bond, and the expanded valence-shell structure (27) is in accord with this observa-
tion. If we use (27) to represent the electronic structure of F3SN, we are also
able to account for the observed shortening of the S-N bond (1.42 ;)12 relative to
those of free SN (1.50 lo\) and FSN (1.45 Io\), whose electronic structures are to be

described by (28) and resonance between (30) and (32) respectively.

17-4 SULPHONES XYSO,

For soﬁ‘, which is isoelectronic with F3SN, the Lewis octet, expanded valence-
shell and "increased-valence" (with no valence-shell expansion) structures are of
types (4)-(6). sSimilar valence-bond structures for the XYSO, type sulphones of
Table 17-1, which also have 32 valence-shell electrons, are (34)-(36). For these
latter molecules, the S-X and S-Y bond-lengths are not longer than the estimates of
1.54, 2.01 and 1.82 }‘; (Sections 11-3, and 17-2) for standard S-F, S-Cl and S-C
single bonds, and the S-0 bond-lengths are shorter than the 1.48 }; for the double
bond of free SO. With respect to the S-0 bond-lengths, each of (35) and (36) alone
predicts double-bond character. However, the bond-lengths reported in Table 17-1
suggest that the expanded valence-shell structures account better for the S-X and
S-Y bond-lengths than do the "increased-valence" structures. As is the case for
F3SN, the sulphur atom carries a formal charge of +2 in the Lewis octet structure
(34). Presumably, expanded valence-shell structures of type (5) shculd be similarly
preferred to (6) for s02~, whose s-0 bond lengths of 1.48 al3 are appreciably
shorter than the single-bond length of 1.70 1‘; It should be noted however, that for
structure (5), some further "increased-valence" may be developed by delocalizing
non-bonding m- or T-electrons from the O into bonding S-0 orbitals to afford the
more-stable valence-bond structures of type (37). Because the sulphur atom of (5)
is already neutral, these delocalizations are not expected to be appreciable but

must occur to some extent (c.f. czoﬁ' and co%‘ of Sections 13-2 and 13-5).
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(34) (35) (36) (37)

r(sX) r(sy) r(so)
F, o)
\s// (a) 1.530 1.530 1.397
F/\\O (b) 1.530 1.530 1.405
F, 0
\/s/< (c) 1.55 1.985 1.408 (ass.)
a’ N
cl o}
\/s// (d) 2.011 2.011 1.404
o’ N
Hy 0
C\/s/ (e) 1.763 2.046 1.424
a’ o
CH (o}
NI
/s\ (£) 1.759 1.561 1.410
F \o
CH o
4
/s\ (g) 1.777 1.777 1.431
c1-13\o

Table 17-1

REFERENCES: (a) Hagen, K., Cross, V.R. and Hedberg, K., Jo Mol. Struct., 44,
187 (1978)s (b) Lide, D.R., Mann, D.. and Fristrom, ReM., Jo. Chem. Phys., 26,
784 (1957)e (c) Hargittae, ., Lecture Notes in Chemistry 6, Sulphone Molecular
Structures, Springer Verlag, Berlin, 1978; C.W. Holt and M.Cd. Gerry, Chem.
Phys. Letts. 9, 621 (1971). (d) Hargittae, |., Acta Chim.,, Acad. Scl. Hung.,
60, 231 (1969). (e) Hargittae, M., and Hargittae, l., Jeo Chem. Phys., 59, 2513
(1973)s (f) Hargittae, ., and Hargittae, J. Mol. Struct,, 15, 399 (1973). (g)
S. Saito and F. Makino, Bull, Chem. Soc. Jap., 45, 92 (1972).

Bond-lengths for some sulphones.
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17-5  Ro3~, P03}~ AND Fir0

Because nitrogen 3d-orbitals do not participate in bonding as hybridization
functions, "increased-valence" structure (40), rather than the expanded valence-
shell structure (39) is an appropriate type of valence-bond structure for the
ground-state of Noi'. The "increased-valence" structure may be constructed either
by delocalizing oxygen n- or m-electrons of (38) into bonding N-O orbitals, or by
means of the reaction NO® + 30~ with valence-bond structure 11-63 for NO*. Reso-
nance between "increased-valence" structures of type (39) accounts for the observa-

14

° -
tion that the N-O bond-lengths of 1.39 A for Noz are shorter than the estimate

of 1.44 ;\ for an N-O single bond (cf. (20) for (CH3)3NO).

) A

(38) (39) (40)
In the Lewis octet structures for Poz_ ((38) with p* replacing N+), the
phosphorus atom carries a formal charge of +1, and both expanded wvalence-shell and

"increased-valence" structures that are similar to (39) and (40) may be constructed.

F3PO is isoelectronic with poi_, and the corresponding valence-bond structures are
o o
(41)-(43). The P-F bond-lengths15 of 1.523 A are shorter than the 1.561 A16 for PFy

(with formal single-bonds), and this suggests that the expanded valence-shell
structure is more appropriate than the "increased-valence" structure. If this is
the case, it is probable that the expanded valence-shell structure of type (39)
(with P replacing N) is of greater significance than (40) for POZ-' whose P-0

17,18

o o
bond-lengths of 1.54 A are longer than the 1.437 A for F3PO but much shorter

o
than the estimate of 1.73 A for a P-O single bond'8,

e 3.
:0: 0:

n

(41) (42) (43)
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17-6 5,02 (n = 3, 4, 5, 6)

The thio anions 5202' (n = 3-6) provide an interesting set of systems to

n
contrast the alternative delocalization theories of Sections 17-1 to 17-5, namely
those of delocalization of lone-pair electrons into either vacant sulphur 3d-
orbitals or vacant bonding orbitals. (Such delocalizations generate electron-pair
bonds and one-electron bonds, respectively.) For these anions, the standard Lewis

octet structures are (44)-(47), each of which involves considerable formal charge

separation.
= 8]
L E 3] 3] 0
KX Jo: 0. 0. ;0;
TN l e . \! /
(+2) (+2)
s (+2)
s B e
(~) O O '\-9-'
-) 20; ) 0 )
- )
(44) (45) (46) (47)

Oon the basis of our previous discussions, we suggest that the lone-pair
delocalization into sulphur 3d-orbitals is appropriate when the sulphur atoms carry
formal charges of +2 in the Lewis octet structure. But, when the sulphur atoms
carry formal charges of +1, delocalization of lone-pair electrons into bonding S$-0
orbitals is of rather greater relevance. Using these delocalizations, we can

generate valence-bond structures of types (48)-(51) from (44)-(47).

(48) (49) (50) (51)
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For each SOS linkage of (48), (50) and (51), we have indicated delocalizations
of two O~ electrons into sulphur 3d orbitals. A small amount of delocalization of
O~ electrons into bonding S-0 orbitals is also possible (c.f. (37) for SO4 .

The valence-bond structures (48)-(51) suggest that the S-$ lengths should
increase in the order 820:25_ < szo%‘ < Szog < 5204 , and the measured lengths19_22
of 1.97 A 2.08-2.16 A, 2.17 A and 2.39 A show this to be the case. For 5203 , the
two d;-p, bonds should be delocalized fairly evenly over the S-S and three S-0

bonds, to give bond-numbers of 1% for each bond.
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CHAPTER 18
TRANSITION METAL COMPLEXES WITH CO, N, NO AND O LIGANDS

The diatomic molecules and ions, CO, No», CN~, NO and 05, can bond to transi-
tion metals. Isoelectronic CO, N, and CN~, with ten valence-shell electrons, have
triple bonds and no unpaired electrons in their Lewis octet structures (1)-(3).
Each may use a lone-pair of electrons to coordinate with a transition metal, as in
(4)-(6), thereby functioning initially as Lewis bases. NO and O,, with 11 and 12
valence-shell electrons respectively, have one and two unpaired electrons. Their
valence-bond structures (7) and (8) involve one or two Pauling "3-electron bonds" as
well as lone-pairs of electrons. The possibility exists that these molecules may
react either as Lewis bases or as free radicals. For NO, examples of both Lewis
base and free radical behaviour are known, but ground-state O, seems to behave
exclusively as a free radical. We shall now describe valence-bond structures for a

few transition metal complexes that involve some of these ligands.

R 6 Y )

IC==0: INE==N: iC ==Nz: M—C—=— H
(1) (2) (3) (4)
(3] (+) ) (%) (+7%2)
.o . X o X X o X
M —— N ==N: M —— C ==N: iIN=—=0: 10 ——0:
Lid oo X M
(5) (6) (7) (8)

18-1T CARBONYL COMPLEXES

In the standard Lewis structures (4), (5) and (6), we have used a lone-pair of
carbon or nitrogen electrons to form a o-single bond with the metal M.

Carbonyl, dinitrogen and cyanide complexes of transition metals are generally
not stable unless the metal has lone-pair electrons occupying atomic orbitals which
overlap with ligand m orbitals. In structures (4)-(6), we have indicated two sets
of lone-pair electrons. If we assume that these electrons occupy metal d,,  and dyz
atomic orbitals, then they can overlap with the atomic orbitals that form the Ty and
ny bonds of the ligands. For a M-CO linkage, we show the overlap of these orbitals
in Fig. 2-4. These are the types of m-orbital overlaps that pertain for trigonal
bipyramidal and octahedral carbonyl compounds, such as Fe(CO)g and Cr(C0O)g. For
tetrahedral compounds such as Ni(C0)4, the metal-carbon m overlaps are similar to
those described in Section 4-5 with the dz; and dxz_yz metal orbitals forming strong

n1-bonds, and the dxy, dyz and d,, orbitals forming weak m-bonds.
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Vco “co “Mc
co 2150 3.0
Ni(CO)4 2056 2.5 (2.64)2 1.5 (1.33)2
Co(co) g 1886 2.375 (2.14)° 1.625 (1.89)%
Fe(co)3” 1786 2.25 (1.85)2 1.75 (2.16)2

Table 18-1 Data for some carbonyl compounds. 2Experimental estimates.

The tetracarbonyls Ni(CO),, Co(CO)y and Fe(CO)i- are iscelectronic and
tetrahedral in shape. Their C-O stretching frequencies are reported in Table 18-1,
and show that the strengths of the C-0 bonds decrease in order of CO > Ni(CO), >
co(co); > Fe(co)3™.

The electronic configurations of isoelectronic Ni, Co and Fe’™ are (3:1)8(45)2
from which we may obtain the low-spin valence-state configuration of (9) with four
vacant orbitals. These orbitals may be sp3 hybridized, and used by the four Cc-0
ligands to form four coordinate bonds, as in (10). The metal then acquires formal

negative charges of -4 for Ni, -5 for Co and -6 for Fe.

3d 4s 4p
(9)
o (+14
5%
Ic -Y2)
(+) (+) |
10 ==c c==o0: 10==CcC Ni Zmm—=C ==0:
]
.o .'0'

(10) (11)

To remove formal charge from the metal, and from the oxygen atoms, we may

delocalize metal electrons into antibonding C-O orbitals. For Ni%4~ ana Cos', we can

delocalize four and five 3d electrons, thereby generating "increased-valence"
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structures (11) and (12). In each of these structures, we have obtained an
uncharged metal atom, and some (fractional) double bonding for the Ni-C and Co-C
bonds. To generate neutral iron in Fe(CO)g—, we need to delocalize six electrons
into antibonding C-O orbitals. Since Fe6' in (10) has only five lone-pairs of
valence electrons, we must generate "increased-valence" structure (13). But this
structure is unsatisfactory since it can imply paramagnetism for Fe(CO)ﬁ_: there are
two Pauling "3-electron bonds" with uncompensated electron spins in (13). To obtain
a diamagnetic structure, and a neutral iron atom, we need to assume that the iron 3p
electrons can participate appreciably in M-CO bonding. If we delocalize one of
these electrons, as well as five 3d electrons, we thereby generate "increased-
valence" structure (14). (To the author's knowledge, no calculations have yet been
made in order to ascertain whether or not the 3p electrons can participate in this
manner, but it seems necessary to include them to obtain a consistent valence-bond
treatment of M-CO bonding for tetra, penta and hexacarbonyls. The hypothesis

invoked here is that the transition metal carries zero formal charge in the valence-

bond structures.)

. (+%4
6.(+1,9) 0.( )
I Iy
Y,
%) c WA
(+%) (%) “ (+%) (24) l (e .
: —_— & 10 ——cC F c——0
10 ——C Co c——0: :10——=C e I &
C () *C-()
. oo
*Q (+%) o
(12) (13)
In Table 18-1, we have reported C-0 .
- O
stretching frequencies Veolem 1), and
calculated and (in parentheses) experi- “
C \©
mem:a].1 C-0 and M-C bond orders and bond-
numbers n., and nye- Since the (8] | (%) (+%)
"increased-valence" bonding unit M——C * O :0 —C Fe C——0:
is equivalent to the resonance of
.o o,”:_\\- 1,
M—C O «» M & 0, the M-C and C-0 c %)
bond indices will both equalk% if we assume | .
here that the two structures contribute g- (+%)

equally to the resonance. The calculated
bond orders follow the experimental trends

in bond properties. A recent empirical (14)
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relationship that has been established? between Veco and npg, namely vog
= 413 Neo + 904, gives CO bond-orders of 2.79, 2.38 and 2.14 for the three

tetracarbonyls of Table 18-1.

18-2 DINITROGEN COMPLEXES

Numerous complexes of N, with transition metals have now been prepared3, and
the geometries for many of them are now known. We shall describe the metal-N,

+
bonding for two of them here, namely CoOH(N,)(PPh3); and [{Ru(NH;3) g} ;:N2]4.

18-2(a) CoH(N,)(PPhj3)3 For CoH(N,)(PPh3)3, the Co-N, linkage has been found
to be linear4, with Co-N and N-N lengths of 1.802 1‘; and 1.126 lox. We may compare
these lengths with the estimate of 1.96 1‘; for a Co-N single bond‘], and the 1.098 1‘;
for the triple bond of free N,.

From the (3d)7(4s)2 ground-state configuration of Co, we may obtain a (3(1)9
valence-configuration (14) with one unpaired electron. This electron may be used
for o-bonding with a hydrogen atom. The four vacant orbitals of (14) may be used
for o-bonding by N, and the three PPhj ligands. 1In (15), we show the o-bonding for
the Co-N, linkage.

3d 4s 4p

) +)

R TN TS BT iCo ——N==N:

(14) (15)

To form five o-bonds, the cobalt may use hybrid orbitals that are constructed

from its 3d,;, 4s and three 4p orbitals. The cobalt is then dsp3 hykridized. If we

assume that the cobalt and two nitrogen atoms lie along the z-axis, then the cobalt

3 34 and 3d orbitals. The 34

lone-pair electrons of (15) occupy 3d, X2 —y? vz

yr 3dyzr 39x,

and 3d,, orbitals overlap with the n, and 7, bonds of the N, ligand.

Yy

In (15), the formal charge for the cobalt atom and the adjacent nitrogen atom
are negative and positive respectively, relative to their values prior to coordina-
tion. We may reduce their magnitudes by delocalizing one electron from each of the
dyz and 4, orbitals into bonding Co-N
valence" structure (16).

v and T, orbitals, to obtain "increased-

N=N: —> !:(:':o — N =——N:

(15) (16)
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In (16), the N-N m-bonds have bond-numbers less than unity and therefore the
N-N bond should be longer than that of free N,. The Co-N bond of (16) has double-
bond character, and therefore this bond would be expected to be shorter than a
single bond. The bond lengths which are reported above confirm these expectations.

We note that the Co-N, bonding is similar to that which we have described for
N,0 in Section 13-1. Other "increased-valence" structures such as (17), (18) and
(19) may also be constructed. Elsewheres, we have shown that (16) should be the

most important of the four types of structures, but all will participate in

resonance to some extent.

(+%) %) (+%) (%) (+) =

o =—=N=—N: $Co =—=N==N: {Co =N——N:

(17) (18) (19)

18-2(b) [{Ru(llﬂ3)5]2N2] 4+ N, can bond simultaneously to two Ru(II) ions,

2+

and this occurs in the cation [{Ru(NH3)5}2N2] 4%, The Ru configuration is (4d)6,

and the o-bonding with the N, is shown in (20). The formal charges displayed for

the ruthenium ions in this structure are those which are relative to Ru2+.

From (20), we may generate the "increased-valence" structure (21), by delocalizing

2+
4dxz and 4dyz electrons of Ru

of m-electrons, there is a 6-electron 4-centre bonding unit.

into vacant bonding Ru-N m-orbitals. For each set

_—
o —

-) (+) (+) ¢
:ﬁ'u/lN N-—f-\..u: —>  :Ru——N=N——Ru

oo\j

(20) (21)

° o
The reported Ru-N and N-N lengt:hs6 are 1.928 A and 1.124 A. Davis and Ibers7

have estimated the Ru-N single bond length to be 2.125 Z and (21) indicates clearly
that the Ru-N bonds of [{Ru(NH3)g},N,] 4* are shorter than single bonds. The N-N
length is longer than the triple bond of free N,, and (21) with fractional N-N
m-bonds shows why this should be so.

Numerous other binuclear dinitrogen complexes have been characterized3, with
N-N bond-lengths that are also longer than the 1.098 g for N,. "Increased-valence"
structures that are similar to (21) are appropriate for each of these systems, and
they account for the observation that the N-N and M-N bond lengths are respectively

longer than triple bonds and shorter than single bonds.
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18-3 TRANSITION METAL NITROSYL COMPOUNDS

In the introduction to this chapter we have indicated that NO may react with
transition metals either as a free radical, by using its unpaired electron, or as a
Lewis base by using the nitrogen lone-pair of electrons. To give consideration to
these two types of behaviour, we shall éxamine the bonding for the Ru-NO linkages of
the diamagnetic complex [RuCl(PPh3)2(NO)2]+, which we shall initially express in

terms of its components as Ru2

t+c1m+ 2 PPhy + 2NO. The bond-angles for the two
Ru-NO linkages are® 178° ana 138°, and therefore essentially linear and angular
linkages are present in this complex.

The valence-shell electronic configuration of ru?t is (4d)6 of (22). To form
a diamagnetic complex, it is necessary for this configuration to have two unpaired
electrons available for spin-pairing with the unpaired electrons of the two NO
ligands. Therefore, we have represented the (4a)% configuration of (22) as an

intermediate-spin configuration, with a t29 orbital and an e, orbital singly

g
*
occupied. The t2g orbital can overlap with an antibonding my, orbital of NO.

4d 5s 5p

oo e . .

(22)

In (22), there are five vacant orbitals that may be dsp3 hybridized, and used
for o-coordination with five ligands. If this is done, we obtain the valence-bond
structure (23) with four unpaired electrons. Because the singly-occupied t2g

*
orbital and a LNTS)
"increased-valence" structure (24). This structure has two unpaired electrons that

orbital can overlap, we may spin-pair two electrons to obtain the

*
occupy non-overlapping %; and ™o orbitals, and the lowest-energy arrangement for

these electrons occurs when they have parallel spins. Thus, if both Ru-NO linkages

are linear, the complex would have a paramagnetic ground state.

x0Q (+%) X0 (+%) e (;Z,)
0" ° o A
XN (+%) XN (+7%) N
W %) \ R T R \ @8 )
;Rux«—ﬁr).(_& ;Ru=N$6: S Ru, =N==02

..I.- /"' “1743  1.158

(23) (24) (25)
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To obtain diamagnetism, it is necessary to assume that one of the NO ligands

2+

: *
does not coordinate to the Ru as a Lewis base, and that the Tyo unpaired electron

of this ligand spin~pairs with the e, unpaired electron of (22). This ey orbital

3

g

can hybridize with the 5s and 5p orbitals to form five dsp® hybrid orbitals. The

spin-pairing can only provide a Ru-N bonding interaction if this linkage is angular.
The resulting valence-bond structure, together with the experimental bond-lengthse,
for the complex is (25), with one linear and one angular Ru-NO linkage. This
valence-bond structure makes immediately clear why the observed N-O lengths8 for the
complex are similar to those of free NO (1.15 on) with valence-bond structure (7),
and why the Ru-N bond of the linear Ru-NO linkage is shorter than that for the
angular linkage.

It is often consit:lered9 that NO* and NO~, with valence-bond structures (26)
and (27) are the formal ligands for linear and angular M-NO linkages. If this point
of view is adopted, then the valence-bond structure (29) is obtained for the complex

in which both NOt and NO~™ have coordinated to the low=-spin R\12+

of (28). It is now
possible to generate "increased-valence" structure (25) from (29) by delocalizing
(i) a non-bonding tZg electron from the ruthenium into a vacant n;o orbital of the
N0+, thereby reducing the magnitudes of the formal charges, and (ii) a non-bonding
170 electron of the coordinated NO into the adjacent NO bond-region. These delocal-
izations generate (30), from which (25) is obtained when the remaining tZg and n;o
odd-electrons are spin-paired. However, it seems easier to generate (25) by

assuming that free NO radicals rather than Not and NO~ are the valence-states for

the ligands.

4d 5s 5p

(28)

(+) : ye (%) y

IN=0:

(26) N w — I (1%) (DA
Ru'e——N==0: SRu N ==0:
(_) oI- .l.'
Ne—=0Q:
(27) (29) (30)

Further examples of "increased-valence" descriptions for transition-metal

nitrosyls are provided in Ref. 10.
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18-4 DIOXYGENYL ADDUCTS

Many transition metal complexes are now known to form adducts with molecular
oxygen. Those which combine reversibly with O, are designated as oxygen carriers;
adducts in which O, is absorbed irreversibly are also known. Here, we shall provide
"increased-valence" descriptions for some reversible Fe(II) and Co(II) dioxygenyl
adducts, thereby contrasting different formulations for the oxidation state of the

metal ion that have been proposed for these types of complexes.

18-4(a) oOxyhaemoglobin Haemoglobin (Hb) is probably the most familiar
oxygen carrier; it transports O, from the lungs to the tissues of the body. The O,
absorption is reversible; O, combines with the iron atoms of haemoglobin at high
pressures in the lungs, and is released to the body tissues at low pressures.

Haemoglobin has a molecular weight of v» 64500 and contains four iron atoms
which are formally in the ferrous state. Each iron atom is coorcinated to four
nitrogen atoms of porphyrin, and to the nitrogen atom of a histidine group. This
bonding is shown in (31), and the iron has been estimated!! to lie 0.83 l°\ below the
plane of the four porphyrin nitrogen atoms.

In haemoglobin, each of the four ferrous ions has four unpairec electrons with

parallel spins in the ground-state, and therefore the molecule is paramagnetic12.

2+

The six electrons of the Fe ions have the orbital occupations displayed in Fig. 5-

1 for high-spin § = 2 spin-states. Because five ligand nitrogen atoms of (31) can

coordinate to the high-spin Fe2*

, and there are only four vacant orbitals (4s and
4p) for this ion, haemoglobin is an example of a hypoligated complex (Section 5-1).
The bonding of the four nitrogen atoms of porphyrin to the iron may be described by
utilizing three electron-pair bonds and a Pauling "3-electron bond". The remaining

vacant orbital of Fe??t may be used to form an Fe-N single bond between the Fe?* ana
the nitrogen atom of the proximal histidine

of (31). Resonance between the four

CH valence-bond structures of type (32)
2
CH Cé/ therefore provides a valence-bond descrip-
3
tion of the Fe-N bonding for each heme
CH, group of haemoglobin.
CH CH,

\/

\ x ©
CH; CH,CH,COOH Fe

CH;  CH)CH,COOH N N
(1 (32)
N CH,
~

N
|
H
(31)
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When four oxygen molecules bind to the four iron atoms of haemoglobin,

13,14 indicate that

oxyhaemoglobin is formed. Magnetic susceptibility measurements
each Fe(II)O, linkage of oxyhaemoglobin is diamagnetic at room temperature, i.e. no
unpaired electron spins are present. (It may be noted that recent magnetic suscep-
tibility measurements'® through the temperature range of 25-250 K indicate that
although the ground-state is an S = 0 spin state, antiferromagnetic rather than
diamagnetic behaviour occurs as the temperature is raised above 50 K. However, the
experimental basis for this work has been questioned1 4.) Here we shall describe
some bonding theories for the S = 0 ground-state of each Fe(II)O2 linkage. Similar
theories are also appropriate for oxymyoglobin with one Fe(II)O, linkage, and the
"picket fence" Fe(II) oxygen carriers.

To account for the diamagnetism of oxyhaemoglobin, Pauling and Coryell13 in
1936 suggested that an § = 0 excited state with valence-bond structure (33) for O,
could coordinate with the low-spin (S = 0) configuration of (34) for Fe2+. In (34),

the six vacant orbitals may be d25p3

hybridized. Five of these orbitals may be used
for coordination with the five nitrogen atoms of (31), and the sixth orbital is
available for coordination with the 0O,. For oxyhaemoglobin, the iron atoms lie in

the plane of the nitrogen atoms of the porphyrin ligands”.

By coordinating the O,
of (33) to the Felt of (34), Pauling and Coryell13 obtained the standard Lewis
structure (35) for each Fe-O, linkage of oxyhaemoglobin. This valence-bond struc-
ture can then participate in resonance with the standard Lewis structure (36). By
comparison of these structures with (8) for O,, Pauling and Coryell concluded that a
"profound change in the electronic structure of 0, occurs when it bonds to haemo-
globin". However, if we use (35) and (36) to generate "increased-valence"

structures, it is possible to show that this need not be the case.

3d 4s 4p
0 o A N
(33) (34)
S o 0 .
). ) .: . 00:.
W W~ o g

1 g
7[> 7 71N

(35) (36) (37) (38)
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By delocalizing lone-pair electrons from the Fe~ and O~ of (35) and (36) into
vacant bonding Fe-0O or 0-O orbitals, we reduce the magnitude of the formal charges,
and obtain "increased-valence" structures (37) and (38)16'20,

In (37) and (38), the O, excited and ground-states (33) and (8) are respec-
tively bonded to the iron. We might therefore expect (38) to be more stable than
(37). If this is so, then we may give the following description of the reaction
between O, and an iron atom of haemoglobin. As the ground-state of 0, approaches
the high-spin Fe(II), the latter is promoted to the valence-state configuration of
(39), which is an intermediate-spin state (§ = 1) with two unpaired electrons.
These two electrons spin-pair with the two unpaired electrons of O, to generate an §

= 0 Fe(II)O, linkage with the "increased-valence" structure (38). Thus, we may

write.
* o0
o 0,
Q, D
9 H
\O o~ 02 O O o
o,Feo SFe%? —— ~f”
7 /-0\ /l.o\ ,,,.\
(38)
3d 4s 4p
(39) (40) (41)
21

In 1960, McClure had suggested that this promotion of Fez+ to the

intermediate-spin state of (39) occurs when it reacts with 0,, and we have given

here the valence-bond structure that corresponds to this description. The results

of some Mdssbauer measurementsZ?

- w250 cm™ .

indicate that the promotion energy is rather small

The Fe(II)(s = 1) + 05(S = 1) theory for the bonding of O, to haemoglobin has

16-21,23-26,

been discussed on a number of occasions Generalized valence-bond27 and

28 provide further support for this hypothesis,

a29,

molecular orbital calculations
although it has been recently questione

Although the possibility also exists that the O, may bond symmetrically to the
Fe(II), as occurs in "increased-valence" structures (40) and (41), experimental and

30,27

theoretical evidence now favours the non-symmetrical conformation displayed in

valence-bond structures (35)-(38).
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31

The 0-0 stretching frequency of 1107 em™?! for oxyhaemoglobin is often

citea32734 a5 evidence that the superoxide anion 0; is bonded to low-spin (s = %)

3+

Fe” , with spin-pairing of the unpaired-electrons of these two species to form s = 0

Fe(III)O, linkages. For 05, as in KO,, the 0-0 stretching frequency is 1145 cem™ 71,

whereas that for free ground-state 0, is 1556 cm-1 32.

However, when the 02 ground-
state is bonded to Fe(II), as in (38), the electronegativity of one oxygen atom must
be altered relative to that of the other, and an unequal sharing of the four 0-0
bonding electrons may therefore occur. The 0-O bond-order for (38) can therefore be

reduced below the value of 2 for free O,, thereby leading to a reduction of the 0-0

stretching frequency for oxyhaemoglobin18. Molecular orbital calculations?8 give

an 0-O0 bond-order of 1.6 when the O, ground-state is bonded to the Fe(II).
"Increased-valence" descriptions of the bonding for the Fe-CO and Fe-NO

linkages for the CO and NO derivatives of haemoglobin are described in Ref. 17.

18-4(b) cCobalt Oxygen Carriers Molecular oxygen can form both 1:1 and 2:1

adducts (Co-02 and Co-0,-Co) with different Co(II) complexes. For the 1:1 adducts,

32-34

the 0-0 stretching frequencies are similar to those of OE, and an unpaired

electron is located mainly on the two oxygen atoms. On the basis of these observa-
tions, the adducts have been formulated32-34 55 Co(III)OE, with the 0; forming a

coordinate bond to low-spin Co(III), which has a (:<1d)6 configuration. Alterna-

16-20

tively, we may formulate the electronic structure as Co(II)Oz, for which the 0,

valence-bond structure (8) has spin-paired one of its two unpaired electrons with
the unpaired electron of low-spin Co(II) (3a)7, Thus, we may generate the

"increased-valence" structure (42) by means of this reaction.

. ) o 2] o +%4)
oo-. oo: g .
=" A, ~—~° WA, > (B~
.'. / .:o ./ '..0/ .:04

S ~coF ~CoF
Aff’{ Pines P
(42) (43) (44) (45)

The Co(II)O, structure (42) accounts simply18 for the observations that we
have discussed above. The 0, retains one unpaired-electron, and because the oxygen
atom bonded to the cobalt must have a different electronegativity from that of the
terminal oxygen atom, the four O, bonding electrons will not be shared equally by
the two oxygen atoms. This reduction in the extent of covalent bonding for the 0,
of (42) should be chiefly responsible for the decrease in 0-O stretching frequency

that is observed when O, bonds to Co(I1I).

We shall now compare the Co(II)O, and the CO(III)OE structures. The valence-

bond structure for low-spin Co(III) and 05 are shown in (43). On coordinating the
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05 with Co(III), we obtain the Co(III)OE valence-bond structure (44). We may also
form the "long-bond" Co(III)OE structure(45), which for non-symmetrical coordina-
tion, should be less stable than (44). We now note —tilit the co—o0 + O bonding unit
summarizes resonance between CO~—O 8 and é;— 6 \‘6. Therefcre, the Co(II)o2
structure (42) is equivalent to resonance between (44) and (45), and each of these
Co(III)OE structures is now a special form of the Co(II)o2 structure. The Co(II)O2
structure must be more stable than either of the Co(111)05 structures.

We may construct another Co(III)OE structure, namely the "increased-valence"
structure (47). To do this, we spin-pair the unpaired electron of 05 with one of
the two unpaired electrons of the Co(III) configuration of (46). Because (47)
retains an unpaired electron on the cobalt, it cannot represent the ground-state for
any of the adducts which have so far been studied. However, it must participate in
resonance with the co(II)02 structure (42), with the latter making the major
contribution to the bonding. Similarly, for oxyhaemoglobin (Hboz), the Fe(III)O;
structure (48) will participate in resonance with the Fe(II)O, structure (38), but,
because the latter structure has three extra bonding electrons, it should be more

stable than (48).

%) %) o
- o ), () o 0
A o 26— 10~
T+
7’
N4 Ncol Npe”

Q o oo
P 7 7
(46) (47) (48)

The S =% and S = 0 spin wave-functions for the Co(II)O, and Fe(II)O, linkages
of "increased-valence" structures (42) and (38), with three and four singly-occupied

orbitals, are described in Section 15-2 and in Refs. 20 and 16.

REFERENCES

-

E.W. Abel, Quart. Revs., 17, 133 (1963).

2 K. Goswami and M.M. Singh, J. Ind. Chem. Soc., 56, 944 (1979).

3 J.C. Chatt, J.R. Dilworth and R.L. Richards, Chem. Revs., 78, 589 (1978).

4 B.R. Davis, N.C. Payne, and J.A. Ibers, J. Amer. Chem. Soc., 91, 1240 (1969);
Inorg. Chem., 8, 2719 (1969).

5 R.D. Harcourt, J. Mol. Struct., 8, 11 (1971).

I.M. Treitel, M.T. Flood, R.E. Marsh and H.B. Gray, J. Amer. Chem. Soc., 91,
6512 (1969).

7 B.R. Davis and J.A. Ibers, Inorg. Chem., 9, 2768 (1970).



10
1
12
13
14
15

16
17
18
19
20
21
22

23
24

25
26

27

28

29
30

31

32

33

34

205

C.G. Pierpont and R. Eisenberg, Inorg. Chem., 11, 1088 (1972).

Refs. 1 and 2a-k of J.H. Enemark and R.D. Feltham, Coord. Chem. Revs., 13, 339
(1974).

R.D. Harcourt and J.‘A. Bowden, J. Inorg. Nucl. Chem., 36, 1115 (1974).
M.E. Perutz, Nature, 228, 726 (1970).

L. Pauling and C.D. Coryell, Proc. Natl. Acad. Sci. U.S.A., 22, 159 (1936).
L. Pauling and C.D. Coryell, Proc. Natl. Acad. Sci. U.S.A., 22, 210 (1936).
L. Pauling, Proc. Natl. Acad. Sci. U.S.A., 74, 2612 (1977).

M. Cerdonio, A. Congiu-Castellano, F. Mogno, B. Pispisa, G.L. Romani and S.
Vitale, Proc. Natl. Acad. Sci. U.S.A., 74, 398 (1977).

R.D. Harcourt, Int. J. Quantum Chem., 5, 479 (1971).

R.D. Harcourt, Biopolymers, 11, 1551 (1972).

R.D. Harcourt, Inor. Nucl. Chem. Letts., 9, 475 (1973).

R.D. Harcourt, J. Inorg. Nucl. Chem., 39, 243 (1977).

R.D. Harcourt, Int. J. Quantum Chem., Quantum Biol. Symp., 4, 143 (1977).
D.S. McClure, Rad. Res. Suppl., 2, 218 (1960).

A. Trautwein, H. Eicher, A. Mayer, A. Alfsen, M. Waks, J. Rosa and Y. Beuzard,
J. Chem. Phys., 53, 963 (1970).

H. Eicher and A. Trautwein, J. Chem. Phys., 50, 2540 (1969).

C.K. Chang and D. Dolphin, Bioorganic Chem. (ed., E.E. Tamelen) Academic
Press, 4, 1 (1978).

R.S. Drago and B.B. Corden, Accounts, Chem. Res., 13, 353 (1980).

Y. Seno and J. Otsuka, Adv. Biophys., 11, 13 (1978) and references 75-77
therein.

W.A. Goddard and B.D. Olafson, Proc. Natl. Acad. Sci. U.S.A., 72, 2335 (1975);
74, 1315 (1977).

B.H. Huynh, D.A. Case and M. Karplus, J. Amer. Chem. Soc., 99, 6103 (1977);
101, 4433 (1979).

A.K. Churg and M.W. Makinen, J. Chem. Phys., 68, 1913 (1978).

G.B. Jameson, G.A. Rodley, W.T. Robinson, R.R. Gayne, C.A. Reed and J.P.
Collman, Inorg. Chem., 17, 850, (1978).

C.H. Barlow, J.C. Maxwell, W.J. Wallace and W.S. Caughey, Biochem. Biophys.
Res. Comm., 55, 51 (1973).

J.P. Collman, J.I. Brauman, T.G. Halbert and K.S. Suslick, Proc. Natl. Acad.
Sci. U.S.A., 73, 3333 (1976).

D.A. Summerville, R.D. Jones, B.M. Hoffman and F. Basolo, J. Chem. Educ.,56,
157 (1979).

R.D. Jones, D.A. Summerville and F. Basolo, Chem. Revs., 79, 139 (1979).



CHAPTER 19
SOME ELECTRON-EXCESS o BONDED SYSTEMS

Most of the "increased-valence" structures that we have discussed so far may
be derived from Lewis structures by delocalizing lone-pair 7 and/or i electrons into
vacant bonding or antibonding orbitals. The atomic orbital overlaps which are
appropriate for some of these delocalizations are shown in Figs. 1-5 and 2-4. We
shall now consider a few systems whose "increased-valence" structures may be
constructed by delocalizing one or more lone-pair o electrons of a Lewis structure
into bonding or antibonding ¢ orbitals. Some other examples will also be discussed
in Chapter 20, where the theory will be presented in a slightly cdifferent form.

However, the principles for both chapters are the same.

19-1 TRIHALIDE ANIONS AND SOME RELATED MOLECULES

Each of the trihalide anions IS, Brg, Cl; and IClE, and XeF,, have 22 valence-
shell electrons. XeF, is a symmetrical linear molecule', and a similar geometry has
been reported for each of I3, Brz and ICl, 2, Non-symmetrical geometries for some of
these trihalide ions are also known? but we shall not concern ourselves with them
here. Excluding the possibility of d-orbital participation, we shall now describe
standard Lewis, "increased-valence" and Linnett (Section 2-2) non-paired spatial
orbital bonding schemes for these systems, using IS and XeF, as representative
examples. Such molecules are often referred to as "hypervalent" molecules, for
which the number of ligands bonded to a central atom exceeds the covalence of the

central atom in the standard Lewis octet structures. Musher3

has discussed many
examples of hypervalent molecules. We point out here that hypervalence for an atom

A may arise whenever valence-bond resonance of the type
.
Y A—B ++ Y=—A B

can occur for four o-electrons. Therefore, the bonding schemes for this chapter do
not differ from those of the previous chapters, except in so far as we shall be
dealing only with o-bonding. Hypervalency is an extremely widespread phenomenon,
and Musher3 has also pointed this out. The delocalized molecular orbital theory for
these hypervalent molecules involves 3-centre molecular orbitals, and we have given
an account of it in Section 2-3(a), for the simplest hypervalent system H; This
molecular orbital theory was first proposed in 1951 by Pimente14, and Hach and

5

Rundle®, and has been used subsequently by many workers2/6~2 to describe 4-electron
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3-centre o-bonding. Of course, it is also appropriate for m bonding, as we have
indicated in earlier chapters.

For Is we may write down the two equivalent standard Lewis structures (1) and
(2), each of which has an I, and an I component. Similarly, for XeF, we may write
down the XeF' + F~ Lewis structures (3) and (4). In each of (1)-(4), there is an
octet of valence-shell electrons arranged around the atomic kernels. The standard
Lewis descriptions of I; and XeF, therefore consist of resonance between (1) and
(2), and between (3) and (4). (To simplify the valence-bond structures in this

chapter we shall often omit some of the non-bonding electrons from them.)

) ) ) (+) (+) )

gE l—] €—> |—] s 2 Xe——F <«—> F Xe ::::

(1) (2) (3) (4)

To form the I-I and Xe~F bonds in these structures, the simplest descriptions
use the overlap of the 5po orbitals on the iodine atoms, and the overlap of the
xenon 5po orbital with the 2poc orbital of the fluorine. This type of g-orbital
overlap for 3-centre bonding is displayed in Fig. 2-4.

By delocalizing an electron from each of I~ and F~ either into vacant bonding
I-I and Xe~-F orbitals, or into vacant antibonding I-I and Xe-F orbitals, we may

obtain the "increased-valence" structures of (5) and (6).

(%) (%) %) -%) (-%) (+%) (+%) (-%)
G 1 —— ——1 - eIt Fe o Xe Xe « oF%

F «<—— F

(5) (6)

For XeF,, Bilham and Linnett'? have calculated that the resonance of (3) ++
(4) has a higher energy than has the "long-bond" structure (7). Use of the
"increased-valence" structures of (6) ensures that the three Lewis structures

participate in resonance.

U (%) %) R T RN 0
F.t’ ..).(.é' \.F ::I: o« | e .:|:: :i::. e Xe -« -:F:: | | I

(7) (8) (9) (10)
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Probably the most convenient valence-bond structures for I; and XeF, are the
Linnett non-paired spatial orbital structures (8) and (9), which have two one-
electron ¢ bonds.

In Chapter 23, comparisons are made between the wave-functions for Lewis,
"increased-valence" and Linnett structures.
For IS and XeF,, the bond lengths of 2.93 1‘; and 2.01 10\ are longer than the

2,1,11 ° ° +
of 2.67 A and 1.81 A for I, and Xer. Each of the

single bond lengths
valence-bond representations above indicates the presence of long I-I or Xe-F bonds.
If we include the 5d,: orbital on the central atom of either systen as a hybridiza-
tion function (c.f. Sections 1-1 and 17-1), the valence-bond structures, such as
(10) for IS, have single bonds between the central and both terminal atoms, and
therefore they do not make obvious why the bonds should be long.

If only the 3s and 3p orbitals of the second-row atoms are assumed to
participate in bonding, the axial o-bonding for each of C1F3, SF4 ard PFg is similar
to that which we have described for XeF,, i.e. 4-electron 3-centre bonding is
involved. The geometries, standard Lewis and "increased-valence" structures are
displayed in (11)-(21), (with only one equivalent structure displayed for SF, and
PFg). The bond-properties implied by either set of valence-bond structures are in

accord with the observation12-14

that the axial bonds are longer than the equatorial
bond(s) for each molecule. However, because the "increased-valence" structures are
equivalent to resonance between standard and "long-bond" Lewis structures (e.g. for
SF4, (19) = (18) +» (22)), resonance between the "increased-valence" structures must
provide a more stable representation of the electronic structure than does the more-

familiar resonance between the standard Lewis structures.

F F

F
\1.70 \ 6
1.60 Fuss |
4\ s

—

F\ 1.53

F cl P e F
For Fo™
1.58
F F F
(11) (12) (13)
- o %)
] . O . Fs
‘ +) L) . (%) L (%)
F e Cl; F cis F——Cl: F e CI}
:'F':( ) F tF2 F

(14) (15) (16) (17)
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F F F F
F ) F (+%) F +) F (+%)
S~ S~c. =~ \p_—F
CH S: P F
F Fo Fo Fo
- (-%) . ) . %)
'":( ) :F: :F: 3F:
(18) (19) (20) (21)
:Fs :F: sF: s (%)
‘\ . b4 .
\ .
F F F F
T>st S Ss/ s TSsi
F ) F ) F v F
I’ )
F $Fs 3F: sfs ()
(22) (23) (24) (25)

In Section 4-8, we have generated Pauling "3-electron bond" structures for
Cle and SF3 from CIF + F and SF, + F. A similar procedure may be used to construct
the "increased-valence" structures for ClF3, SF4, and PFg. For example, by writing
down SF, as SF, + 2F as in (23), then (i) delocalizing a sulphur 3p electron into an
axial S~F bonding og-orbital, and (ii) spin-pairing the unpaired-electron of SF3 with
that of a second axial fluorine atom, we obtain "increased-valence" structure (19).
Alternatively by delocalizing both the sulphur 3p electrons of SF, into separate
axial S-F bonding g-orbitals, as in (24), we obtain the Linnett structure (25) for

SFy-.

19-2 THE POLYIODIDE ANIONS

The geometrie52 for the polyiodide anions Ig, ]:.', and Ig' are given in (26),
(27) and (28). Each of the I-I bond-lengths is longer than the single bond length
of 2.67 }O\ for free I,. These observations may be accounted for conveniently by
means of the "increased-valence" structures (30), (32) and (34), which we may derive
from the Lewis or non-paired spatial orbital structures (29), (31) and (33). For
the latter three structures, we have subdivided the ions into I, + 17 + I, I + I;
+I,, and I, + I + I, + I +1I, components, and used the non-paired spatial

orbital structure (8) for I;. All of the bonds must be o-bonds.
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1 I
I 2.74 2.85
|/3-'17\| ! !I
3.44 3,00
551 I
l/ \I I J— I | |
2.90 | 3.42 2.80
1
1
(26) (27) (28)
) .
<l o
f ’\ % c (%)
I [ I /I |\
|/ \I I
(29) (30)
I |
I (%)
1 I
C. o (%) : .
=.|.- . | . ..|.: —p S |® . 1 . . ! e
2 " %)
1 1
|| 1
(31) (32)
! I
M (-%%)

|
A N %) (%) .
Hg.‘ﬂ | — | f\|( ) —_— e - ERENE
;D ° (%)

(33) (34)
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+ .
19-3 Xe2r3 AND Hzrs

The penta-atomic ions Xeng jand H2F§ have the bond_lengt:hs‘| 5:16 ghown in (35)
and (36). We may construct the "increased-valence" structures (37) and (38) from
the Lewis structures for XeF' + F~ + XeF' and HF + F~ + HF. These "increased-
valence" structures are similar to (30) for Iy, and imply that the two terminal
bonds of each ion should be shorter than the two bridging bonds, and that all bonds

o
should be longer than the single bond lengths f of 1.81 and 0.92 A for XeF; and HF.

/zi\xg

Xe H ‘
FAO \F F/ \
(35) (36)

“w N ) o G
Xe Xe H H
) pd . i - \F
(37) (38)

The above description is strictly valid only for 90° bridging bond-angles.
When this is the case, two of the bridging fluoride 2p atomic orbitals overlap with
the xenon 5po- or hydrogen 1s atomic orbitals, as is shown in Fig. 19-1 for XezF;.
Two 4-electron 3-centre bonding units therefore pertain for the eight o-electrons of

15,16 which are

these ions. However, both XezF; and Hng have bridging bond-angles
rather larger than 90°, namely 150° and 118°. If the bridging bond-angle were 180°,
then only one 2p orbital of the bridging fluorine is available for o-bonding with
the xenon or hydrogen atoms. For linear XezF;, the orbital overlaps are displayed
in Fig. 19-1; a 5-centre overlapping scheme is involved, which accommodates six
electrons (two for F~ and two from each xer* fragment); c.f. Section 13-6 for a
discussion of 6-electron 5-centre bonding. An "increased-valence" structure with a
6-electron 5-centre bonding unit may be constructed by writing down the standard
Lewis structure (39), and then delocalizing each of the non-bonding 2pg-electrons on
the bridging F~ into the two adjacent Xe-F bonding orbitals17. We thereby obtain
"increased-valence" structure (40), for which all Xe-F bonds should be longer than
single bonds. The terminal bonds are fractional electron-pair bonds, and the
central bonds each involve one bonding electron. The shorter lengths for the
terminal bonds imply that their bond-numbers are larger than the bond-orders for the
central bonds. It should be noted that because the bridging bond-angle is 150°, the
electron distributions of both (37) and (40) are required to describe the electronic

structure of Xe, F;.
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* * #H %)
F Xe Xe F —> F Xe + F + Xe F
(39) (40)

Evidence has been prov:i.ded18 for the existence of a near-linear I;; the

appropriate "increased-valence" structure (41) for it is similar to (40) for XezF;.

S I <)
e R L

(41)

Figure 19-1 Atomic orbitals for 4-electron 3-centre and 6-electron 5-centre

o-bonding units for XezF;.

19-4 ClFg AND SFg

Without intending to become involved with the question of the extent of
d-orbital participation in o-bonding by atoms of second- and higher-row main-group
elements, we note here that "increased-valence" structures which are similar to (43)
for ClFg, with no d-orbital participation, can account for the observed lengthenings
of the equatorial bonds relative to the axial bonds for the AFg molecules listed in

Table 19-1. If we use ClFg as the example, we may construct "increased-valence"

T(A-Fay) I (A-Fgq) T(A"Fay) I(A-Fgg)
a 2- e
ClFs 1.571 1.669 SbI:‘5 1.916 2.075
BrF > 1.699 1.768 rerg f 1.862 1.952
1rrd 1.834 1.868 Xery 9B 1.813 1.843
1.817 1.873 1.793 1.845 (av)
REFERENCES: (a) Al'tman, Mjakshin, |.N., Sukhoverkhov, V.K., Romanov, G.V. and Spiridonov, V.P., Dokl.

Akade Nauke S<S.S.Re. 1978, 241, 360. (b) Heenan, R.K. and-Robiette, A.G., J. Mol. Struct. 1979, 54, 135.
(c) Heenan, R.K. and Robiette, A.G., J. Mol. Struct. 1979, 55, 191. (d) Jones, G.R., Burbank, R.D. and
Bartlett, Inorg. Chem.,1970, 9,;2264.(9) Ryan, R.R. and Cromer, D.T., Inorg. Chem.,1972,11, 2322.f) Mastin,
SeH., Ryan, R.R. and Asprey, L.B., Inorg. Chem., 1970, 9, 2100. (g) Leary, K., Templeton, D.H., Zalkin,
A. and Bartlett, N., Inorg. Chem., 1973, 12, 1726. (h) Bartlett, N., Gennis, M., Gibber, D.D., Morrell,
B.K. and Zalkin, A., Inorg. Chem., 1973, 12, 1717.

o
Table 19-1 Axial and equatorial bond-lengths (A) for AFg molecules.
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structure (43) via (16) and (42) for ClF3 and ClF,. Starting with ClF3 + F, a
Pauling "3-electron bond" is developed in (42) for ClF, by delocalizing a non-
bonding 3p electron into a bonding Cl-F orbital (c.f. ClF + F » ClF, in section 4-
8). The resulting antibonding Cl-F o* electron is then spin-paired with the

unpaired electron of a fifth fluorine atom to afford (43) for ClFg.

F F F
F
wal., Lo W, . e @l e
F—=Cl' - -F: > F ci' - s — F Ci + oF:

:[Eg g.F..g %)

(16) (42) (43)

We may similarly proceed to SFg via SF, and SFg. When a fifth fluorine atom
bonds to SF4, it is able to utilize the equatorial lone-pair on the sulphur atom of
(19) for SF4, as in (44), to form "increased-valence" structure (45) for SFg. 1In
(45), the newly-formed equatorial S-F bond involves a Pauling "3-electron bond". If
the Fax~ S - Feq bond angles are assumed here to be 90°, then the sulphur atom is
sp2 hybridized for the equatorial g-bonds.

m
m

F
o %)

F (+%) %) F L F i+ -3
S “F — ~s". i —_— \s

. r” - e N

. %) . %) A
iF2 tF: .
(44) (45) (46)

To use the unpaired electron of the equatorial bond for SFg to bind to a sixth
fluorine atom, a hybridization change must occur in order that good overlap can
exist between the two odd-electron orbitals. Best overlap is obtained when the
2pop, 3pog and 2pog orbitals are colinear. This is achieved when the equatorial
bond-angles are 90°, to give the two equatorial electron-pair bonds sp hybridization
for the sulphur atom. The valence-bond structure (46) for SFg has "increased-
valence" representations for its 4-electron 3-centre bonding units. In order that
the six S-F bonds have equivalent lengths, (1.561 3)19 (46) must participate in res-
onance with other equivalent structures that differ in the locations of the 4-
electron 3-centre bonding units and the electron-pair bonds, i.e. the sulphur 3s

orbital can participate in the axial as well as the equatorial bonding.
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The S-F bond-lengths of 1.561 Iok for SFg are only slightly longer than the
estimate of 1.54 ; for an s-F single bond (section 11-5), and if this lengthening is
significant, the development of two 4-electron 3-centre bonding units does not
account well for this observation. If the difference is not significant, then it is
necessary to assume that the sulphur atom expands its valence-shell to form six
electron-pair o-bonds, as in the Lewis structure (47). Maclagan20 has discussed the
bonding for SFg, and has concluded that ionic Lewis structures such as (48), which
also involve an expansion of the sulphur valence shell, should have larger weights
than has (47). It may be noted however, that each of these ionic structures may be
stabilized by delocalizing a non-bonding 2po-electron from each of the F~ into a
bonding S-F c-orbital to generate "increased-valence" structure (49), which is more
stable than (48). "Increased-valence" structure (49) has an expanded valence shell,
and a 4-electron 3-centre bonding unit with a Pauling "3-electron bond" as a
component. The bond-lengths for SFg suggest that resonance betwesn structures of
type (49), together with some contribution from (47), provides a more suitable
representation of the electronic structure than does resonance between "increased-
valence" structures of type (46). In (47) and (49), the sulphur hybridizations are

sp3d2 and sp3d, respectively, with the eg-type 3d orbitals involved.

) o %)

iFs F:

F\l _F F\s(j/F F\~;(+‘/§ F
e an" F/l\F r” N
F F

F

(47) (48) (49)
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L
Recent studies®’ of the geometry for SFgCl give S-F , = 1.571 A, s-Cl , =

o
2.055 1‘; and S-F,, = 1.570 A, which are similar to the earlier reported lengths of

q
o
1.588, 2.047 and 1.566 A. Resonance between valence-bond structures similar to (47)

and (49) accounts for the observed bond lengthenings relative to the estimates of

o
1.54 and 2.01 A for S-F and S-Cl single bonds.

19-5 THIOTHIOPHTHENES

Bond length522 for thiothiophthene are reported in (50). The S-S bonds for

22,23

this molecule and many of its derivatives are appreciably longer than the

o
standard single-bond length of 2.06 A. (For the derivatives, the two S-S bond-

lengths are usually unequal, due presumably to the nature of the substituent23).
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For thiothiophthene, numerous standard Lewis structures such as (51) = (53) +
mirror images may be written, and used to construct the (more-stable) "increased-
valence" structures (54) and (55) by means of the deloclizations indicated. Reso-
nance between either set of structures accounts for the lengthening of the S-S
bonds, but additional considerations are required to rationalize the observed

variations in the C-S and C-C bond lengths.

H H H H
H 1148 H C C C C
P P FZ N
1368 O M Cy368 we? NcZ ¢ we? e Neu
HC C CH
l~667| Il-7l9 l'l'667 o | l
| A s gy g—s g
2:351 2-351 (-) (+) (+) (-)
(50) (51) (52)
H H H H H H
A°N AN 2°N A5 /c\ /c\
HT T CIH i I CIH HT TI TH
(-%) (+%) (+%) (-%)
(53) (54) (55)
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1 H.A. Levy and P.A. Agron, J. Amer. Chem. Soc., 85, 241 (1963).
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Radiochemistry (Academic Press, N.Y.), 3, 133 (1961) and references therein.
3 J.I. Musher, (a) Angewandte Chem. (Int. Ed.), 8, 54 (1969); (b) J. Amer.
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CHAPTER 20
INTERMOLECULAR DONOR-ACCEPTOR COMPLEXES

20-1 QUANTUM MECHANICAL DESCRIPTION OF DONOR-ACCEPTOR COMPLEXES

Mulliken'™3 nas provided a quantum mechanical description of molecular
complexes that are formed by reaction between an electron-donor (D) and an electron
acceptor (A). The wave-function for the normal or ground-state of the complex may

1-3
d

be expresse approximately according to Egn. (1).

¥y = a¥(D,A) + by, (D*—1") (1

Here we have retained only the first two terms of a more general expression
for ¥y which has been described by Mulliken. The (D,A) and (DEX—127) are called
"no-bond", and "dative" or "charge-transfer" structures, respectively. The designa-
tion of "no-bond" structure for (D,A) refers to the absence of covalent bonding
between the donor and the acceptor.

In this Chapter, aspects of the electronic structures of complexes formed from
n-type electron donors and sacrificial electron acceptors will be examined. An
n-type donor donates an electron from essentially a lone-pair atomic orbital on a
key atom, and a sacrificial acceptor accepts an electron into an antibonding

3 has also designated n-type donors as increvalent

molecular orbital’. (Mulliken
donors). Therefore, for this type of complex, D has a lone-pair of electrons and A
has a vacant antibonding orbital in Egn. (1). We shall assume here that the
antibonding orbital of A extends over two adjacent atomic centres, and that the
corresponding bonding molecular orbital of A is doubly occupied.

Using our discussion above, and that of Chapter 14, we may deduce that the

+

dative structure D A~ of Egn. (1) (which arises from the transfer of an electron

from a lone-pair atomic orbital on D into a vacant antibonding of A) corresponds to
an "increased-valence" structure. We shall now describe two examples which illus-
trate this type of bonding scheme. In Section 20-4, we shall examine an alternative

procedure that may be used to describe such complexes.

20~-2 COMPLEXING OF TRIMETHYLAMINE WITH MOLECULAR IODINE

Trimethylamine (Me3N)can form a crystalline complex with I,. The N-I and I-I
bond-lengths have been measured4, and they are shown in (1). The I-I length of 2.83

o ° o
A is longer than the 2.67 A for free I,, and the N-I length of 2.27 A is longer than
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°
the single bond length of 2.03 A. More recent measurements® for a number of other

amine-I, complexes show that as the N-I bond-length decreases, thz I-I bond-length

increases.

(CH3)3N | I
2.27 283

(1)

In Egn. (1), Mulliken3 has assumed that D = MejN , A =1I,, pt = Me3N‘+ and A”

= 12' and has written the wave-function for the complex as Eqn. (2).
¥y = a¥g(Me3N, I,) + b¥,(MeyN—I) (2)

Since I, has a single bond, the extra electron of I; must occupy an anti-
bonding molecular orbital. Therefore, the valence-bond structure for I; must be the

.
Pauling "3-electron bond" structure (I « I)~. By spin-pairing the unpaired elec-
+

trons of 1'2' and Meg, we may represent Me3N IE by the "increased-valence"
structure (3), and describe (approximately) the electronic structure of the complex

in terms of resonance between (2) and (3).

O )
(CH3) 3N: | e— | G— (CH3) 3N | . '.I.z

(2) (3)

20-3 HYDROGEN BONDING BETWEEN TWO H,0 MOLECULES

°

In the vapour, free H,O molecules have O-H bond-lengths of 0.976 A. when H,0
molecules associate to form clusters in the gaseous, liquid or solid states, these
O-H bonds lengthen and weaken a little, and the intermolecular O-H hydrogen bonds

are very long and weak. Some bond—length56 are reported in (4) for (Dzo)2 and

1 7

(Dzo). The D-0O stretching frequency is reduced from 2727 cm™ ' in HDO vapour’ to

1

2454 cm™' in ice IX.

D D

\ 0.982 Asm

D

D D

(4)
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We shall assume here that the two H,0 molecules of the water dimer form a
charge-transfer complex, and describe the intermolecular bonding by means of Eqn.
(1) To do this, we require one molecule to be the electron donor, and the other to
be the electron acceptor. Thus, we have D = Hy,0, A = H;,0, D+ = H20'+ and A” = Héo'_,

and write the wave function for the complex as Eqn. (3).
+ -
Yy = a¥g(Hp0,H0) + by, (Hy0——Hy0 ) (3)

To form HZO-’ we have transferred a non-bonding electron from the donor Hy0
molecule into a vacant antibonding O-H orbital of the acceptor H,0 molecule, to
generate the Pauling "3-electron bond" structure (6). By spin-pairing its unpaired
electron with the unpaired electron of (5) for H20+, we obtain the "increased-
valence" structure (8) for the dative structure HZO"'—HZO_. The (H,0), complex may
then be described by means of the resonance of (7) «» (8). It may be noted that the
dipole-dipole theory of hydrogen bonding is based on dipolar attractions that may
exist between the two H,0 molecules of the "no-bond" structure (7).

(+) (JA) (_%) o .. .
Hz'o'. He + <OH Hy0: H QH > HO——H - OH

(5) (6) (7) (8)

20-4 REFORMULATION OF CHARGE-TRANSFER THEORY®

Mulliken3 has shown that the dative structure (D’*—A') = Me3N+

I; for the
MejN...I, complex summarizes resonance between the standard and "long-bond" Lewis
structures (9) and (10), i.e. "increased-valence" structure (3) summarizes resonance
between these two structures, each of which has a Heitler-London type wave-function
for the electron-pair bond. Resonance between the standard Lewis structure (2)
(with a Heitler-London type wave-function for the I-I bond) and the "long-bond"
structure (10) is equivalent to the use of "increased-valence" structure (12). The
latter structure may be generated by delocalizing a nitrogen non-bonding electron of
(2) into a bonding N-I orbital, as is shown in (11). Of the two “"increased-valence"
structures (3) and (12), the formal charges suggest that (12) should be the more
important for the ground-state of the complex. If this is assumed, we are able to
deduce the properties of the complex by examination of (12) alone. This "increased-
valence" structure indicates immediately that both the N-I and I-I bonds are longer
than single bonds. 1In order to deduce this result from the theory of Section 20-2,
it was necessary to invoke resonance between the "no-bond" and dative valence-bond
structures (2) and (3). A more economical representation of the electronic struc-
ture is therefore obtained by delocalizing a non-bonding electron of the donor into
a bonding orbital between the donor and the acceptor, rather than into an anti-
bonding orbital of the acceptor. By using "increased-valence" structure (12) to
represent (approximately) the electronic structure of the complex, we may describe

the intermolecular bond as a 1-electron bond.
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(+) © I S AN

(CHg)3N 1 (CHg)gN-" 3T ~
(9) (10)
(%) (%)
(CH3)3 Y I I >  (CHg)lsN  «  |———

(1) (12)

If X and R—Y are the generalized electron donor and electron acceptor, then
we may represent the formation of the complex X...RY as follows. As X approaches
RY so that the X and R atomic orbitals (x and r) overlap, one of the non-bonding
electrons of X delocalizes into the two-centre bond-orbital wxz =x + r (with &
> 0) which is constructed from these atomic orbitals. The "increased-valence"

structure (13) is thereby generated. Thus, we may write

SE/?‘R Y > X o« Re——Y

(13)

For the hydrogen bonding interaction between two water molecules we may write

vy ) R
HO ——H OH > HO H - OHy

(14)

to obtain a 1-electron bond as the intermolecular hydrogen bond, and reducing the
bond-number for the adjacent H— O bond below the value that pertains for a free H,0
molecule.

In the theory of Sections 20-1 to 20-3, the electron dcnor ('x') and the
electron acceptor (R——Y) were designated as increvalent and sacrificial donors and
acceptors respectively. Here, in (12), (13) and (14), donors and acceptors are both

increvalent species.

For (12) and (14), we show the relevant atomic orbital overlaps in Figure

20-1.
CH; H H
CH; /
+
I I @ (-0 H o
+
SPs Spg
CHj h=sp3 H h=sp3 1S h=sp3

Figure 20-1 Atomic orbital overlaps of Me3N + I, and HyO + H,O.
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An interesting result is obtained if 2-centre bond-orbitals are used to
accommodate all of the bonding electrons in the "increased-valence" structure (13)
and the standard Lewis structure (15). We shall designate these bond orbitals as
er = x + %xr and Wry =r + ky, with the bond parameters § and k both> 0. The s =0
wave-functions for (13) and (15) are then given by Egs. (4) and (5) (c.f. Egn. (7)

of Chapter 15). The wave-function for the dative structure xt RY , for which one

non-bonding electron of (15) has been transferred into the antibonding RY orbital
*

wry
Mulliken wave-function for the complex, namely Eqn. (1), is equivalent to the wave-

= k*r-y, is given by Egn. (6). It is then possible to deduce8C that the

function of Eqn. (4) for the "increased-valence" structure (13). Therefore, the
Mulliken wave-function of Eqn. (1) implies, but conceals an (approximate) descrip-
tion of the intermolecular bond as a 1-electron bond.

07 (! (bypy)? (x)2 Wy ?
(13) (15)
YK o R—Y) = PVE WS vE |+ v Peg vl (a)
Y& rR—w) = e8| (5)
Yx—=R « 1) = BB )+ Iwryx‘*wrywry (6)

20-5 HgO; AND HFS

The isoelectronic ions Hsoz and HFE with 16 valence-shell electrons, are
examples of systems that have strong hydrogen bonds®. 1n Fig. 2-4, we have
displayed the set of hydrogen 1s and fluorine 2pc-atomic orbitals of HFE that may be
utilized for 4-electron 3-centre bonding. For HSOE, oxygen hybrid orbitals replace
the fluorine 2po-orbitals, and the standard Lewis structures are those of (16) and

(17).

(+) (+)

H2Q H QHy <« HQ H QH,
(16) T
+) (%) (+%) IS I )

HQ——H « OHy <> Hp - H——QH,

(18) (19)
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As well as using the above structures, we may also use8P

the Linnett non-
paired spatial orbital structure (21) to represent the electronic structure of Hsog.
By hydrogen-bonding the oxygen atoms of two H,0 molecules to a proton, we may
generate (21) from (20). As each Hy0 molecule approaches the proton, one oxygen
lone-pair electron delocalizes into an intermolecular O-H bonding orbital. 1In (21),
the two H,0 molecules are hydrogen bonded to the proton by means of 1-electron

bonds.

(+%) (+%)
.o + .o i -«
VW e, —— wg - ow - o

(20) (21)

We may provide a simple explanation as to why the bridging O-H bond-lengths of
1.23 x for Hso; are appreciably shorter® than the 1.808 ; for the hydrogen-bond of
(D2°)2' Relative to an oxygen atom, the Y of (20) is more electronegative than is
a hydrogen atom in (7), The extra electronegativity of ' should induce more
delocalization of an oxygen lone-pair electron in (21), to generate an increase in
the bond-order for each one-electron bond of Hso;.

For (HF), and HFE, the 1-electron hydrogen bonds of (23) and (25) are formed
by the delocalizations of (22) and (24). Using electronegativity considerations, as
we have done in the previous paragraph, we can explain why the H- bond-lengths of

o o
1.13 A for HF; are shorter9 than the length of 1.55 A for the hydrogen-bond of

(HF) 5 -
. () (+) (~)“
F: H F:
H_E:—) H—x=f: (24)
H | H
\ \ . F%) ),
F F :.F.' 0 H . o!:.:
(22) (23) (25)

For HFE, the "increased-valence" structures are (26) and (27) (cf. (18) and
(19) for H50§), with both structures having equal weights and equal H-F bond-lengths
when the HFE is located in a symmetrical environment. Williams and Schneemeyer1o
have reported the geometries of (28) and (29) for HFE and Hclz in non-symmetrical
environments. Each of the bond-lengths is longer than the single-bond lengths of

o
0.92 and 1.27 A for gaseous HF and HCl. "Increased-valence" structures of type (26)
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alone (with unequal bond-lengths) are compatible with the observed bond-lengths for
both anions, although of course (26) will be stabilized by resonance with (27). The

latter structure will have the smaller weight.

) ) ) 9,

%) Ca) A () 1025 1235 1.367  1.850
FH . e o H Fo pea2y 125 o=y, 220 e

(26) (27) (28) (29)

The anion HOHOH™ is isoelectronic with Hso; and HFE, and a suitable valence-
(%) (%)
bond structure for it is similar to (25), with OH replacing F, i.e. HQ, + H SH.

The bridging O-H bonds of ﬂso; and HOHOH have been estimated to have similar lengths
and st:rengt:hs'| 1,
Firestone12 has also used Linnett structures to describe the electronic

structures of symmetrical hydrogen-bond molecules.

20-6 2:1 DONOR-ACCEPTOR COMPLEXES

Two molecules of acetone or dioxan can interact with one molecule of Br, to
form the intermolecular complexes Me;CO....Bry....0CMe; and CgH(O«cesBryeeeeOCgH e
The reported Br-Br lengths‘1 of 2.28 and 2.31 ;; are not sufficiently different from
the length of 2.28 1-°\ for free Br, to indicate much interaction of Br, with these
solvents. The "increased-valence" structure (31), which we may generate from the
Lewis structure (30) by delocalizing oxygen non-bonding electrons into bonding O-Br
orbitals, will account for any lengthening of the Br-Br bond. A similar "increased-
valence" structure, namely (32), is certainly compatible with the measured bond-

o o
lengths of Brg'. The terminal and central bond~-lengths of 2.98 A and 2.43 A are

appreciably longer than the 2.28 ;\ for free Br213.

/ \ % ) o ww/
>0::/.\ Br Br (-\::O\ Iam—— /d,. e Br Br - ..p\
(30) (31)

(-%) (-%) (-%) (%)
:é.v . Br Br . -.9}8

(32)
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For each of (31) and (32), there is an "increased-valence" representation for

the 6-electron 4-centre bonding unit, and we remind the reader that its wave-

function corresponds to the covalent component of the delocalized molecular orbital

configuration for the six electrons (Section 10-2). The relevani atomic orbitals

2

for Br4- are displayed in Fig. 2-6.
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CHAPTER 21
BASE-DISPLACEMENT REACTIONS AND ELECTRON CONDUCTION IN ALKALI METALS

21-1 INTRODUCTION

The donor-acceptor complexes of Chapter 20 were usually formed by reacting a
neutral electron donor ; with a neutral electron acceptor R——Y. We have suggested
that it may be a good approximation to represent the formation of the complex as
follows, in which we have delocalized a non-bonding electron from 'x' into a vacant

bonding X-R orbital.

The bonding X-R orbital becomes available when the atomic orbitals on X and R
overlap. We shall now describe an "increased-valence" representation for the

general base-displacement reaction

X + R Y > X R + Y

which involves the displacment of the base ¥ from a substrate RY by the base i'.
This reaction may occur when X is an anion and R—Y is a cation, but it can also
pertain when X is an anion and R—Y is neutral, and when ¥ is neutral and R—¥Y is
a cation. We shall discuss some examples of each of these three types of reactants.

The electronic reorganization that occurs in a displacement reaction is

usually indicated in the following manner:
X/\ + R Y ey X e R + Y

A pair of electrons is delocalized from an atomic orbital on ¥ into the X-R

Y bond are

bond region, and simultaneously the two electrons forming the R

transferred into an atomic orbital on Y. (This atomic orbital is the same orbital

used by ‘Y. to form the bond of R Y). The transition state is usually represented
as Xe---Re++--Y, which shows the simultaneous making of the X-R bond and breaking of
the R-Y bond. Since X, R and Y each contribute one atomic orbital for the bonding,
the X-R and R-Y bond orbitals of this transition state cannot be orthogonal, and
1

therefore the divalence of R is apparent, not real (cf. Chapter 16). Firestone' has

o
also used the Linnett theory to formulate the transition state as X ¢ R Y.
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An "increased-valence" formulation2s3

of the generalized base displacement
reaction, which perhaps indicates more clearly how the bonds are formed and broken,

involves the delocalization of one electron from X into the antibonding orbital of

Ry .
xq Y > [x R - \'/] ——> X——R + %

(1) (3)

In the "increased-valence" structure (3), we have formed a fractional two-
electron X-R bond and a one-electron R-Y bond. This structure is identical with the
structure for Eqgn. 20-6, and both have been formed in the same manner. We have
pointed out in Chapter 20 that for a given (finite) X-R distance, structures (1) and
(3) can participate in resonancez. Therefore, for a base displacement reaction, (3)
alone is not the transition state. However, (3) should often represent the main
features of the transition state structure, and it does show clearly how one bond is
made and how the other is simultaneously broken.

We may therefore distinguish two types of reactions between the electron donor
and acceptor 'x' and R=——=Y. Delocalization of an 'x' electron into a bonding X-R
orbital generates the complex (2), whereas delocalization of the electron into the
antibonding R-Y orbital generates the complex (3) which is involved in the base
displacement reaction. For nucleophilic addition of .X. to R===Y, the electronic
structure of the product resembles? that of (3).

Very recently, shaik? has provided valence bond descriptions for a variety of
organic reactions. Shaik's approach (without "increased-valence")to nucleophilic
additions and substitutions in particular is essentially identical with that
presented in this chapter, being based primarily on the Mulliken formulation of Egn.
(20-1) for donor-acceptor complexes. The acceptor orbital is an antibonding orbital

in both treatments.

21-2 LOWRY-BRONSTED ACID-BASE REACTIONS

In Lowry-Brpnsted acid-base theory, an acid is a proton donor and a base is a
proton acceptor. Since proton acceptors contribute a pair of electrons for bonding
with the proton, a Lowry-Brénsted base is also a Lewis base, and therefore a Lowry-
Brgnsted acid is a special form of Lewis acid.

We may formulate the reaction between the Lowry-Brénsted acid and base u3o+
and OH™ as followsz, in which a non-bonding electron of OH  is transferred into an

antibonding H-O molecular orbital of H3o+.
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«O. + H=——0 —lp «O———H . . — 2H,O
Ol \ L id \ 2
x \"H \"H

In section 20-4, we have shown that the entity in parenthesis can represent
the hydrogen-bonded complex (H,0),. There, we demonstrated that this complex may

also be formed from two HyO molecules by means of the reaction

which involves the delocalization of an oxygen lone-pair electron of one molecule
into a bonding O-H orbital between the two molecules. The ionization potential of
Hy,0 is 12.6 eV, and this is large enough to make an antibonding O-H orbital of a
second H0 inaccessible at intermolecular distances which are either equal to or
greater than the equilibrium value of 1.8 a (i.e. the energy of W(Hzo,azo) <
‘y(H20+, H2°-) for this distance). On the other hand, an antibonding O~H orbital of
Hao"’ should be of lower energy, and the reaction Hzo + }130+ > H30+ + H,0 may
proceed by transferring an electron from H,0 into an antibonding O-H orbital of
H30+- We have thereby formulated the Grotthus mechanism for proton transfer using

"increased-valence" structures.

/\ (+)/ H\(+) (-%) ‘*"5’/H H30"

H—0 — O——H . o) —_— o+

/ ) "N /- "N H,0

H H H H

21-3 WALDEN INVERSION MECHANISM

In aqueous alkali, methyl bromide may be hydrolysed to methanol, with the OH~
displacing Br~ from its attachment to the carbon atom. The kinetics indicate that a
bimolecular transition state is formeds, and that the methyl group undergoes inver-
sion of configuration as the reaction proceeds. The electronic reorganization that

is associated with this Sy2 reaction is usually represented in the following

manners H
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& \/ [on 8
HO: + \>C Br —> | HO--== CemceecBr | —> HO——C" + Bri

H H H
(4)

In the transition state (4), the carbon atom is bonded to five atoms simul-
taneously. To account for this (apparent) quinquevalence, some workers have assumed
that a carbon 3d orbital as well as the 2s and 2p orbitals can participate as a

hybridization function in the bondin96'7.

But it is more probable that the carbon
uses primarily only its 2s and 2p orbitals, and forms two bonds which are not
orthogonal, as we have described for the general transition state of Section 21-1.

For this latter bonding scheme, the atomic orbital overlaps are shown in Figure

(PG

Figure 21-1 Atomic orbital overlaps for the transition state (4), omitting
carbon 3d orbitals.

21-1.

2 of the reaction indicates simply and

An "increased-valence" formulation
clearly how the borids are made and broken, and also provides an explanation for the
inversion of configuration. The reaction can proceed by the transfer of an electron
from OH™ into an antibonding O-Br orbital of CH3Br; this creates a fractional O-C
electron-pair bond and a one-electron C-Br bond in the complex (5). As the reaction
proceeds, the fractional O0-C bond of (5) must become stronger than the one-electron
C-Br bond. When this occurs, the O-C bond repels the three C-H bonds more strongly

than does the C-Br bond, thereby leading to inversion of configuraticn.

For some recent molecular orbital studies of Sy2 reactions, see for example

Ref. 8.

H H H
M H A [_n 8
HOY  + \\c Br —> | HO ¢/ - B | —> HO——=C” + :iBr:
oo / \H \H
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21-4 ELECTRON CONDUCTION IN ALKALI METAL SOLIDS

In the resonating valence bond theory of metallic solids, Paulj.ngg'10 has
suggested that alkali metals use their p as well as their s atomic orbitals for
bonding. Pauling called the p orbitals "metallic orbitals". When both s and p
orbitals are used for bonding in the solid alkali metal lithium, the electronic
structure of the metal involves resonance between the diatomic Li, structures of (6)
(with M = Li) and the "bicovalent" Lig structures of type (7). On application of an
electric field, electron conduction proceeds by means of the "pivotal" resonance

which is shown in (8).

)
M M M M M M
— | | — |
M M M M M M H
(6) (7)
m +) “ m
M M M M M M M M M M M M
“) A
M /M\ M M M M M M —M /M\ M M
+) M
M M M M M M M M M M M M

(8)

Instead of using the p atomic orbitals as the metallic orbitals of the valence
bonds structures, we may use the antibonding 0*23 orbital”, which is vacant in the
diatomic structures of the type Li——Li. (We assume that each Li atom uses only its
2s atomic orbitals for bonding in the simplest description of this diatomic struc-
ture. Of course, the 2p orbitals can hybridize with the 2s orbitals in a more
elaborate bonding scheme, but we do not need to consider this here.) We may write
down the diatomic structures of (9), and on application of an electric potential,

obtain (10).

(9)

m# me M M M

(10)
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One electron of Li” may now be delocalized into an antibonding orbital of an

adjacent Li-—Li structure, to generate the "increased-valence" s:ructure for the

Lij component of (12).

+) m

M M M—M M M M

M

(11)

+) NCCIPACY)

M M M

M
(12)

We may now delocalize the electron that occupies the atomic orbital of °Li

into another antibonding Li2 orbital, and so we obtain (14). Electron conduction

can proceed further in a similar manner, i.e. by delocalizing an electron from an

atomic orbital into another antibonding orbital.

+) %) Mm

M M——M —_M M M
(13)
m*? m M M m% ﬁmm

(14)

This "increased-valence" description of electron conduction combines features
of both the molecular orbital and Pauling valence-bond theories. Like the delocal-
ized molecular theory, the simplest "increased-valence" theory need use only the 2s

orbitals for bonding, and it uses localized bonds as does the valence-bond theory.

21-5 E2 ELIMINATION REACTIONS

E2 elimination reactions - for example EtO  + CH3CH(CH3)Br + EtOH + CH=CHCHj3

+ Br~ - involve the simultaneous rupture of a C-H bond and a C-X bond of the
X

substrate —C—C— by reaction with the nucleophile 3('L The usual representa-

H
tion for this type of reaction is the following12:

/

T— —> B—H + c—=cC + X

__C/

H

s (-)
B
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An "increased-valence" formulation of the electronic reorganizat::lon2 involves
the transfer of an electron from 'B.(") into the antibonding C-H a* orbital, i.e. (15)
+ (16), and the transfer of an electron from a carbon atomic orbital of (16) into
the antibonding C-X o orbital, i.e. (16) + (17). (For convenience of representa-
tion only, we have displayed the relevant atoms in a linear manner.) The wave-
function ¥ = Cyg¥15 + Cqg¥qg + Cq7¥17 may be used to describe the course of the
reaction, with C16 = C17 =0 initially andCqg =Cqg = 0 at its conclusion wh?n the
structure (17) goes over to the products of (18). The electron of the C * X bond
occupies the bonding molecular orbital wcx = spg + kpcx, with bothn and k + » as
Cq7 > 1 near the conclusion of the reaction. The six mobile electrons of (16) and
(17) form a 5-centre bonding unit (c.f. Section 13-6).
shaik13. 09{~treatment includes the "long bond" structures ﬁ/ H ) ¢—C—X and
B—H tf—é‘ \} that contribute to (16) and (17). For overlap reasons at least

(see Appendix), we would consider them to be more important than is normally

supposed.
B 1,
) (o AL
B + H c c X -_— B——H ¢+ Ce=—=C X
(15) (16)
%)
oo(-) () %
—_— — < —_
B—H + C==C + X [ J— c=—=c - X
(18) L (17)
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CHAPTER 22
FREE-RADICAL AND SPIN-PAIRED DIRADICAL REACTIONS

22-1 TYPES OF FREE RADICAL REACTIONS

Free radicals, with odd numbers of electrons, must have at least one orbital
(atomic or mdlecular) singly occupied. On occasions in the previous chapters, we

have met with the following types of reactions between univalent free radicals:

(a) A + B > Aw=B
(b) Y + A+B » Y —A «B
() A*B + CeD +» A+B—C *D

For (a), the A and B are two species (atomic or molecular), each of which
has an unpaired electron localized essentially in an atomic orbital. If the atomic
orbitals overlap, then the unpaired electrons may be spin-paired (or antiferromag-
netically coupled) to form a covalent bond if the electronegativities of A and B are
not too dissimilar. Examples of this type of reaction are H + H -+ Hy, and
CH3 + CH3 > CpHg.

Each of the i and i . ﬁ reactants of (b) has one unpaired electron; Y is an
atomic or molecular species with its unpaired electron occupying an atomic orbital.
The molecular species i « B has a Pauling "3-electron bond". 1In section 3-6, we
have found that the Pauling "3-electron bond" may be described either as two bonding
electrons + one antibonding electron, or as two "non-bonding" electrons + one
bonding electron. The bonding and antibonding electrons occupy molecular orbitals,
and the non-bonding electrons occupy atomic orbitals. 1In the reactions of (b), the
unpaired electron of Y spin-pairs with the unpaired antibonding electron of AB to
generate the "increased-valence" structure Y—A B. We point out again that since
the Y-B bonding in this structure is very weak, we have for convenience of represen-—
tation omitted it. Some examples of this type of free radical reaction, which we
have discussed in Chapter 11, are F + NO+ FNO and F + O, + FO,.

We have also discussed numerous examples of reactions of type (c), namely
reactions in which both reactants have a Pauling "3-electron bond". Representative
examples are 2NO + N,05, NO + NO, + N,03, 2NO, + N,04 and 2ClO » c1202.

There exists a fourth type of free radical reaction, in which cne species has
an unpaired electron occupying an atomic orbital, and the other species has an

electron-pair bond. Such a reaction is customarily represented as (d)
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(d) {hﬂ\_s > Y—A+ B

We shall now examine other aspects of the reactions (b)-(d). In particular,
we shall show how the products of these reactions may themselves sometimes involve

electronic rearrangements and decompositions.

22-2 R + O3 »+ RO + O, WITH R = H, Cl, AND NO

Reactions between Og3 and univalent radicals - in particular, chlorine atoms
and NO - are of ecological concern, because it has been suggested that they might
lead to some destruction of the protective ozone layer in the stratosPhere1'2.
These reactions generate univalent free radicals, for example ClO and NO, 1,2 To
examine how electronic reorganization might proceed for these types of reactions, we
shall initially examine mechanisms for the reaction of ozone with hydrogen atoms,
using both standard Lewis and "increased-valence" structures.

For O3 the standard Lewis structures are of type (1), with no unpaired-
electrons. If we use this type of valence bond structure to represent the electro-

nic structure, it is necessary to formulate the reaction of O3 with a hydrogen atom

according to mechanism (d) of Section 22-1, as follows:

He # *) *)
2 (\0 H \ 0, H .
' fo\/ 0, - \.o/( \.o': N o, ' \ "
) C " 0 - 0
(1) (2) (3)

~

The electronic reorganization displayed in (1)=-(3) does not make clear why the
HO-0 bond of (2) should break, and retains formal charge separation on the two
oxygen atoms of (3).

An "increased-valence" mechanism for the reaction does not have these disad-
vantages3. The "increased-valence" structure for O3 namely (4) (Section 11-6) may
be generated (Fig. 12-1) from the standard Lewis structure (1) by delocalizing two
lone-pair m- and 7- electrons from the terminal O~ into two bonding 0™ -0 orbitals.
In the reaction steps of (4)-(8), the atomic formal charges for all of the valence-

bond structures can remain unaltered at each stage. The mechanism involves the

following electronic reorganization:

(a) A hydrogen atom forms a weak O-H bond with O3 by spin-pairing some of its
electron charge with the corresponding "unpaired-electron" charge* that is

+ (see footnote on next page)
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present on a terminal oxygen atom of "increased-valence" structure (4).

"Increased-valence" structure (5) is thereby generated for HO,.

(b) The two electrons that form the 1-electron w-bonds of (5) may be transferred
from the 0-0 bond region into the partially occupied oxygen atomic orbitals of
(5). The l-electron transfers that are indicated in (5) generate the valence-
bond structure (6) with a strengthened O-H single bond (relative to (5)) and
the odd-electron located on the terminal oxygen atom. In (6), we have

obtained a hydrogen-peroxide type structure for the H-0-O linkage.

(c) "Increased-valence" may be restored by delocalizing oxygen lone-pair electrons
into the vacant 0-0 bonding wm-orbitals, as shown in (6). The resulting
"increased-valence" structure (7) has a weakened 0-O0 bond between the H-O and

0-0 linkages.

(d) The weak 0-O0 bond of (7) can now break to release the HO and 0, products.

Although the reaction proceeds by means of a concerted mechanism, it is

convenient to display a series of steps in the valence-bond representation of the

electronic reorganization.

It may be noted that the HO; valence-bond structure (2) may also be used to

generate "increased-valence" structure (7), i.e. we may write

(from previous page) In (5), an "increased-valence" 5-electron 4-centre bonding unit is present, namely
H—o *0—0 . Thls s?rucfure summa_rlz_eé_resonance befween the Lewls_;Ir_ugf_ur_‘es H—o0 O o s
H O o—o0,i” 6 & 6, 6 & 0, & © © and i 0 © 0 ifavalids=1/2
wave~function is constructed according to Eqn. (15-9). These structures show that much of the remainder

of the hydrogen odd-electron charge is used to form "long" H-O bonds between non-adjacent atoms.
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(+)

~o 0 G H\o// 0\o

“
(2) (7)

The valence-bond structure for the O, of (8) corresponds to that which is
appropriate for the § = 1 ground-state. It may be deduced® that the O, ground-state
must be generated whenever the decomposition reaction RO, + R + O, can occur. No
evidence has been obtained? for the formation of an 0, excited state for the
reaction X + O3 + XO + O, when X = H or NO. It has therefore been concluded that

the 3

12; ground-state is generated"', in accordance with the earlier deduction3.

The reaction Cl + O3 + ClO + O, involves a similar type of electronic
reorganization, but with the possibility for an additional electron delocalization
step to occur at stage (6), namely that of (9). When the 0-O0 bond of "increased-

valence" structure (10) breaks, the ClO is generated with a Pauling "3-electron

:.9?/)\.. / | %o :‘91.\..0../. 6\.0;.

(9) (10)

The "increased-valence" formulation of the reaction steps for NO + O3 + NO, +
O, is that of (11)-(15). The delocalization of a nitrogen lone-pair electron of
(13) into an N-O bonding orbital has two effects. It assists with the weakening of
the O——0 bond, and generates a fractional unpaired-electron charge on the nitrogen

atom. E.s.r. measurementss

show that such a charge is present in the free NO,
molecule. The NO, "increased-valence" structure of (15) has been described

previously in gection 11-8p
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N “o"
:.b/ \0 - X)(off

(15)

22-3 REACTIONS OF O, WITH Fe(IXI) PORPHYRIN COMPLEXES

In Section 18-4, we have provided an "increased-valence" description of the
bonding of 0, to the Fe(II) porphyrin complex, haemoglobin. Fcr each Fe(II)O,
linkage of the ground-state of oxyhaemoglobin, the O, ground-state is bonded to the
intermediate-spin Fe(II) in the "increased-valence" structure. A number of other
Fe(II) porphyrin complexes are irreversibly oxidized by O, to form oxo-bridged

dimers®. One reaction scheme that has been p:roposed6 is that of (e).

Fe(II) + 0y =+ Fe(II)O, (Fe(II1)03)
Fe(II)O, + O + Fe(II)OyFe(II)  (Fe(III)03 Fe(III))
Fe(II)OyFe(II) + 2Fe(II)O (Fe(I11)0") te)

Fe(II)O + Fe(II) + Fe(II)OFe(II) (Fe(III)02 Fe(III))

(Alternative formulations for the oxidation states of the products of each
reaction step are given in parentheses.) An electronic mechanism7 for these
reaction steps"’ is displayed in Fig. 22-1. Ground-state 02 and intermediate-spin
Fe(II) are involved as reactants at the appropriate stages of the reaction scheme.
In "increased-valence" structure (a), electrons are transferred either from 0-0
bonding molecular orbitals into oxygen atomic orbitals, or from Fe(II) and oxygen
atomic orbitals into Fe(II)-O bonding molecular orbitals. (Overlap considerations
require that hybridization changes must occur at the oxygen atoms in order that the
delocalization of the oxygen non-bonding electrons into the Fe(II)-O molecular
orbitals may proceed.) Because the intermediate-spin Fe(II) and Fe(II)O, reactants
of the second step have s = 1 and § = 0 spin quantum numbers respectively, the
Fe(II)O,Fe(II) species that is formed must have ans = 1 spin-state in order that
spin be conserved. On decomposition of the Fe(II)O,Fe(II) complex, the Fe(II)O

7

radicals are predicted to be generated with § = 1 spin-states’. However, an s = 0

spin-state is appropriate for the Fe(II)OFe(II) oxo-bridged dimer, as it is for the

t A more recent mechanlsm8 involves additional steps that include Fe(l1)0 + Fe(ll)ozFe(ll) +>
Fe(l11)OFe(11) + Fe(ll)Oz, Fe(ll)oz* Fe(l1) + 0,, and Fe(l11)0 + Fe(ll)oz* Fe(l1)OFe(ll) + 0ye
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isoelectronic Fe(II)O, and this state may be generated through the reaction of an

Fe(II)O (s = 1) radical with an intermediate-spin Fe(II) (S = 1).

«Fee
XFeXx .'.
o|o 0
xo\x +  XOX «— -(..'\;/
B G e oo }
BN T S L.

Figure 22-1 "“Increased-valence" mechanism for oxidation of Fe(II) porphyrin
complexes by O, to form u-oxo bridged dimers.

A similar type of electronic mechanism may also be formulated for the cyto-
chrome c oxidase catalysisof the reaction ant + de + O, + 2H50. With some modifica-
tions, we shall follow the mechanism proposed by Reed and Landrum® ,

On reduction of Fe(III) and Cu(II) to Fe(II) and Cu(I), the Fe(II) can bind
ground-state O, to form an Fe(II)O, complex with "increased-valence" structure (2)

of Fig. 22-2. cu(I) with a 3a%4s’

configuration can then bind to the Fe(II)02
complex to form the proposed "u-peroxo dimer"?, with "increased-valence" structure
(3) (c.f. structure (a) of Fig. 22-1 for the Fe(II)ozFe(II) complex). In (3), the
antibonding 1 electrons of O, are spin-paired with an unpaired electron for each of
the S = 1 spin-states for Fe(II) and Cu(I). Electronic reorganization can then
proceed according to (3) to increase the number of bonding electrons, and simultane-
ously to generate an O-O bond-number which is less than unity in the resulting
"increased-valence" structure (4). On breaking of the weakened 0-0 bond, the
Fe(II)O and Cu(I)O radicals of (5) and (6) can then react either with Cu(I) or
Fe(II) to form the p-oxo Fe(II)OCu(I) complex (7), or with 28" to form the Fe(III)-
OH; and Cu(II)-OH; of (8) and (9). One-electron reduction of each of the latter
species generates Fe(III), Cu(II) and H,O. The Fe(II)OCu(I) complex corresponds to
2

the Fe(III)+«0“ +Cu(Il) resting state of the enzyme proposed by Reed and Landrum .

It may also react with HY to produce the Fe(III)-OH; and Cu(II)-OHE of (8) and (9).



Whether or not (7) is formed
directly or bypassed via (5)
and (6) » (8) and (9) has yet
to be ascertained. The es-
sential point is that in the
valence-bond representation

for the mechanism, easily-

visualized electronic reor-’

ganizations lead to the con-
version of reactants into
products, and these are
achieved by utilizing the
Pauling "3-electron bond"
structure of (1) for the 0,
ground state.

From consideration of
the reactions of Sections
22-2 and 22-3, it should be
fairly obvious that many dia-
magnetic molecules that do
not have a net number of un-
paired electrons may react as
though they were free radi-
cals. In fact, this is theo-
retically possible whenever
we may construct an "in-
creased-valence" structure
for a molecule, with one or
more "increased-valence"
bonding units of the types
(16) (17).

and In these

structures, fractional un-
paired electron charges on

the B atom of (16) and the A

Figure 22-2
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Cytochrome c oxidase catalysis of an*
+ 4e + Oy, =+ 2H2O.

and D atoms of (17) can be made available for weak covalent bonding with the

fractional unpaired-electron charge of another entity.

shall discuss some radical-type reactions between a pair of molecules,

In the following section, we

neither of

which is a free radical with an odd number of electrons.

Y—A * B

(16)

A - B—cC - D

(17)
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22-4 "1,3 DIPOLAR" (OR "ZWITTERIONIC DIRADICAL HYBRID") CYCLOADDITION
REACTIONS

A large class of organic reactionsthat lead to the formation of five-membered
heterocyclic molecules, have been designated as "1,3 dipolar" cycloaddition
reactions1°. Huisgen10 has defined the "1,3 dipole" to be 'a species which is
represented by zwitterionic resonance structures (standard Lewis octet structures in
this book) and which undergoes 1,3 cycloadditions to a multiple bond system, the

"dipolarophile"', as in (18) and (19).

(+)

K R 5 + - A
Yggif"szé) Y’// ‘\\wg YEEEQAL——é% Y"’ﬁ"\\“:
\ ~ ¢ \ /
D==cC D——C p==c =—=c
(18) (19)

In Ref. 10c, "1,3 dipoles" with C, N and O centres are classified, with their
zwitterionic structures displayed. "Increased-valence" structures for many of them
are displayed in Ref. 11.

The addition of diazomethane to methyl acrylate to form 1-pyrazoline is an
example of a "1,3 dipolar" cycloaddition reaction10. For CHyN,, the zwitterionic
octet structures are (20) and (21); these, together with the sextet structures (22)
and (23) are usually assumed to be the important valence-bond structures for the
construction of the electronic mechanism for

10, For the latter two struc-

cycloaddition
tures, the terminal atoms are both nucleophilic

(-) and electrophilic (+), and it is these

{
B0

properties of the "1,3 dipole" that are often @
assumed to be implicated for the electronic @
mechanism of the cycloaddition. As CHyN, approa-
ches the methyl acrylate, one set of nt-electron
atomic orbitals of CHyN, overlaps with the n-

orbitals of methyl acrylate (see Fig. 22-3), and

0.)
®

the electronic reorganization 1is assumed to

proceed according to (24)-(25). A concerted
mechanism is concomitant with this valence-bond Figure 22-3 Overlapping w-
electron atomic
ipti i -C and C-N bond i
description, with the new C-C C-N nds being orbitals for "1,3 dipolar"

formed synchronously. cycloaddition reaction.
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0w @ *) 5 “ *)
HyG——N===N: H C=—=N===N:  H.C N==N: HyG ——N===N:

(20) (21) (22) (23)

) (+) (+) ) N

HoC HoC
— U > \
W) _ LA
r” Nco,cH, r? Nco,CHj r? Nco,CH,

xn:

(24) (2%)

Although zwitterionic octet structures are now used10b'c

to represent the
reaction mechanism, the assumption that the electrophilic nature of either terminal
atom of the 1,3-dipole is also utilized implies that the sextet valence-bond struc-
tures must become important as the reaction proceeds. However, for the ground-state
of free CHyN,, the electroneutrality principle suggests that these structures should
not have large weights. Each of them has one fewer covalent bonds than has either
of the zwitterionic structures, and a greater spatial separation of the + and -
formal charges. The absence of formal charges in the "long-bond" structure (26)
would suggest that it should have a rather larger weight than has either of (22) and
(23). Bond-eigenfunction coefficients of 0.31, 0.23, 0.05, 0.10 and 0.38 for the
valence-bond structures (20)-(23) and (26) have been calculated by Roso'2, Hiberty
and Le-Forestier13 have calculated weights of 0.16, 0.41, 0.01, 0.04 and 0.28 for
these structures. Both sets of calculations support the expectation that (26)
should be a rather more important valence-bond structure for the ground-state than
are the sextet structures. If it is assumed that this is also the case as the
reaction with methyl acrylate proceeds, then we may formulate the cycloaddition

mechanism according tol2,14 (27)-(28).

H e N=M

(26) O — /

(27) (28)
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Of course, (26) is only one of the important valence-bond structures, and a
better description of the electronic structure of CHy N, is obtained by using 1,12
the "increased-valence" structures (29) and (30), which summarize resonance between
the zwitterionic structures (20) and (21), and the "long—bond_” structure (26) if a
Heitler-London type formulation of wave-functions for electron-pair bonds is used.
Thus, by using (29) and (30), we may construct the concerted mechanism of cycloaddi-
tion according to (31), and redesignate "1,3 dipolar"” molecules as "zwitterionic

diradical hybrids"!1/12,14,

%) (+%) (+%) (%)
HC——NZ==N: HyC——=N=—T—N:
(29) (30)
%) (+%) (+%) %)
HoC——N==5N: Hy N==N: Hzc/"\m

(31) (28)

The electron-spin theory which is appropriate for the "increased-valence"

mechanism of "1,3 dipolar" cycloaddition is set out in some detail in Ref. 11, where
the importance of the "long-bond" structures (such as (26)) for the electronic

structure and reactivity of any "1,3 dipolar" molecule has also been stressed. The

latter conclusion has received support from a number of valence-bond calcula-

12,13,15 ,

tions and Goddard and Walch'® have used (26) alone to represent the

electronic structure of CH,N,.
For the transition state of the "1,3 dipolar" cycloaddition, there are six
electrons distributed amongst the five overlapping atomic orbitals of Fig. 22-3, for

example. In Section 13-6, we have used "increased-valence" structure (32) here to

represent the electron distribution for a 6-electron 5-centre bonding unit. One way

to obtain this type of "increased-valence" structure in the transition state for the
"1,3 dipolar cycloaddition" involves the utilization of a Linnett non-paired spatial

orbital structure to represent the electronic structure of the "1,3 dipole". Thus

)17

for CHyN,, the Linnett structure is (33 , and the concerted mechanism for the

cycloaddition may be formulated1 1,12,14 according to (34)-(36). In (35), there is

an "increased-valence" bonding unit of type (32). Firestone has used (33) to

formulate the two-step mechanism of (37)-(39), with only one 0-C bond formed

initially between the two reactants'! 7,
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%) <) %)

Y—A - B+ C—bD HoC ——N =S=N;
(32) (33)
(S IO (%) B (+) 7] N
2C——N==n: (%) _N (%) -~
T sy S
—
o\ R H\ / R /
PR & N
R CO,CHg R CO2CH3 ¢
L J r?” Nco,cHg
(34) (35) (36)
(+%)
I 7 )
N
HaG——N=F=N: Hy G \N HZC’/N\N:
1 C _— _—
H R H R H R
R “Nco,CcHg R” Nco,cH, R Nco,cHy
(37) (38) (39)

Recent molecular orbital studies of 1,3-dipolar cycloaddition reactions are

discussed in Ref. 18.

22-5 THERMAL DECOMPOSITION OF O-NITROPHENYLAZIDE
o-Nitrophenylazide decomposes thermally to give benzofurazan!9:20, Using

Lewis structures, the mechanism has been formulated as follows:

)

- )

o o}
/7 w J/° (+)|
N N N
N\ Z \.. z \o.. .
% — & — i N
4 .
(EIT) X/ N
’.N.' N‘——N: -o\\
N N:

(40) (41) (42)
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From (40), we may generate the "increased—valence" structure (43), which must
be more stable than (40). Using (43), we may formulate the reaction steps of (43) -
(47) 1In (46) we have unpaired m-electron charges on each nitrogen atom, and these
may spin-pair with the two electrons of the adjacent C-C n-bond to generate (47).
our justification for ‘this is the assumption that (47) with two C-C and two
(fractional) C-N m-bonds between adjacent atoms should be more stable than (46) with

three C-C m-bonds between adjacent atoms.

N N H
e Y N
N——N=—=N: N/ /

C.l.
“ (44) ND ND
I = 7/

+
2
o

By using "increased-valence" structures where appropriate for the reactants of
this chapter, it has not been necessary to reorganize the electronic structures of
the reactants in order to get the reactions started. In most of the reactions, the
atomic formal charges have been able to remain constant throughout the course of the
reactions. When bond-breaking has occurred, this has often been a consequence of
the development of an "increased-valence" bonding unit by delocalizing a lone-pair

electron into a two-centre bonding molecular orbital.
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CHAPTER 23
SOME COMPARISONS OF TYPES OF WAVE-FUNCTIONS FOR 4-ELECTRON 3-CENTRE
BONDING UNITS

With the simplest form of "increased-valence" theory, we have been concerned
with the "increased-valence" structure !_—A . l'!, which summarizes resonance between
the Lewis structures Y-—A B and { .A. \i, the latter structures having electron-
pair bonds between adjacent and non-adjacent atoms respectively.

We now wish to examine in more detail some wave-functions for "increased-
valence" structures, and to compare them with wave-functions that may be constructed
for standard Lewis and Linnett non-paired spatial orbital structures, as well as

with the delocalized molecular orbital wave-functions.

23-1 COMPLETE VALENCE-BOND RESONANCE

For a triatomic electron-excess system, with four electrons and three over-
lapping atomic orbitals, we may write down six Lewis structures in which all
electrons are spin-paired, either through double occupation of an atomic orbital, or
by electron-pair bond formation between two electrons that singly-occupy different
atomic orbitals with opposite spins. These valence-bond (or canonical) structures

are (1)=-(6).

o0 e o e .
Y A—B Y—A Y
(1) (2) (3)
¥ a B ¥ B Y A B
(4) (5) (6)
For S = 0 ground-states of electron-excess systems, these are the structures

with which we need be concerned. But we note that for paramagnetic excited states,
we would need to study the structures (7), (8) and (9), in which the unpaired

electrons have parallel spins.

X0 X X X X X0 X X0 X
Y A B Y A B Y A B
(7) (8) (9)
Since each of (1)-(6) represents an S = 0 spin-paired electron distribution,

we may form linear combinations of their wave-functions, and write
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¥ = Cq¥q + Cap¥y + C3¥3 + Cu¥y + Cs¥s + Cg¥g (1)

If we choose the coefficients Cq to Cg so that the energy of ¥ is minimized,
we shall obtain six linear combinations, one of which we shall des:.gnate as Y(best).
Its energy is such that no other linear combination of ¥, to ¥g can generate a lower
energy. Alternatively, we may say that this energy is the lowest that can arise
from resonance between the valence-bond structures (1)-(6). Each of these six
structures is stabilized to a maximum extent by resonance with the other five
structures.

In Slater determinantal form, the wave-functions ¥, to ¥Yg are given by the

following:
¥y = Iy°yPa%pBl + 1y%yPp®a®| , v, = |B%bPy%af| + |b0pBatyf|
¥y = |a%aPyobB| + |a%aPboyB| , ¥, = ly“yab“bsl , (2)

¥ = ly"yBa“aBI . ¥ = la"'aBb“bsl

-

The wave-functions for the A—B, Y——A and i \i bonds of Yq., \!2 and ?3 are
of the Heitler-London type, i.e. they involve products of two singly-occupied atomic
orbitals in which the electrons have opposite spins. In Section 3-7 we have shown
that the Heitler-London wave-functions for the electron-pair bond of H, may be
expressed as Isgsgl + lsgsgl, in which s, and sy are the two hydrogen atom 1s atomic
orbitals, and a and B are the spin wave-functions. This type of bond wave-function
occurs in Y9, ¥y and ¥3.

For systems such as HS, 03, NO,, and HCO,, the Y and B are symmetrically
equivalent hydrogen and oxygen atoms. Consequently, ¥, and ¥, are degenerate, as
are ¥g and Yg. Because of this degeneracy, we may form the linear combinations ¥, +
\1'2, ¥ - ¥y, ¥5 +¥g and ¥g - ¥Yg. Of these, only the symmetric functions ¥q +V¥,
and ¥g + ¥g can interact with ¥3 and ¥,. We may therefore construct the linear

combination

¥(best) = Cy¥; + Cyy¥1y * Crrr¥rrr + Crv¥rv (3)
in which ¥; = ¥, + ¥, , ¥rr = ¥3 ., Y111 = ¥gq Yiy = ¥5 + ¥g.

Linnett and his co-workers!'™® have calculated the ¥(best) for the four
m-electrons of HCO;, NO,, O3 and C3H;, and four o-electrons of Hz. The coefficients
of ¥; to ¥;y for each of these functions are reported in Table 23-1. To help
compare the relative magnitudes of the coefficients, we have recalculated them
approximately so that they pertain for normalized ¥; to ¥iy. To do this, we have
multiplied* Cy by 2, cyy and ¢y by ¥2, and cyyp by unity. For H3, the reported
coefficients refer to approximately normalized basis functionss. The (approxi-

mately) normalized coefficients are shown in parentheses.

t We have omitted W-electron overlap integrals from the normalizing constants.
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In Table 23-2, the energies of ¥7 to ¥;y, calculated relative to that of

¥(best), are reported.

W qﬁl

S 0 AT
H—H H H He——H H H H
(_-! (+) (.-.) (.-.) (.-.) (+) (+) ) )
H H H H H H H H

Figure 23-1 cCanonical structures for HS.

In Fig. 23-1, we show the canonical structures and formal charges which
correspond to ¥; to ¥y for Hg. The formal charges are also those for the corre-
sponding valence-bond structures for NO3, HCO; and C3Hg. The corresponding

canonical structures for O3 are displayed in Table 2-1.

Cr Cix Crix Civ
03 (4m) 0.351 (0.70) 0.390 (0.55) 0.124 (0.12) 0.028 (0.04)
H3 (40) 0.812 (0.81) 0.483 (0.48) 0.314 (0.31) 0.092 (0.09)
NO, (4m) 0.306 (0.61) 0.391 (0.56) 0.185 (0.19) 0.070 (0.10)
HCO, (47m) 0.273 (0.55) 0.415 (0.59) 0.168 (0.17) 0.078 (0.11)
C3Hg (4m) 0.318 (0.64) 0.304 (0.43) 0.195 (0.20) 0.045 (0.06)

Table 23-1 Coefficients of Cys Cyys Cyyp and Cyy for "best" valence-bond wave
function. The values in parentheses are those for (approximately)

normalized ¥Yi to ¥Yyye

The coefficients of Table 23-1 indicate that ¥; and Y1y are the most important
functions for each system. Their energies in Table 23-2 are much lower than those
of ¥Yrrr and Yiye Functions ¥; and ¥;; represent the valence-bond structures which
have an extra covalent bond, smallest formal charge separations, and best electron
charge correlation (i.e. best spatial separation of electrons and consequent

reduction of interelectronic repulsion). Other studies for the numerous four m- or
7-9

1

- 10
og-electron systems , the eight m electrons of N,0, CO,, N3 and No; and for ten

o~-electrons of Ny0, also show that their low-energy canonical structures satisfy

these requirements.
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Cc3Hg NOj HCO))
¥y 1.94 4.93 5.16
| J 4.75 5.61 5.12
Yrrp 8.90 16.72 16.77
Y1y 16.04 23.21 22.56

Table 23-2 Energies (in eV) of ¥1 to ¥ry relative to ¥(best).

23-2 SIMPLE MOLECULAR ORBITAL

For a symmetrical electron-excess system, the 3-centre molecular orbitals are
vy =y + k.la + b, Vo =y - b and V3 =y - kia + b (section 2-3). We have assumed
that the y, a and b atomic orbitals are oriented so that the overlap integrals SYa
and S,p are both > 0. With respect to the Y-A and A-B bonds, Vi “’2' and ¢3 are
respectively bonding, non-bonding and antibonding.

The molecular orbital configuration with lowest energy is ‘1'1(MO) = Iw?wgwgwgl.
On substituting the LCAO forms of ¥, and Yy, we may expand Y1(M0) and express it as
1-6,12

a linear combination of the functions VI to ¥yye Thus, we obtain

¥1(MO) = 2k,¥p + k3¥ g + 4¥ppp + k3¥py (4)

with one variation parameter, k4. Since ¥(best) has three independent variation
parameters, namely Cp, Cyy and Cypy with Cyy related to them through normalization,
¥,(MO) must be a more-restricted function than is ¥(best). ¥,(MO) also gives
considerable weight to either or both ¥Yryy and ¥py, neither of which is very
important for the systems of Table 21-1.

In Table 23-3, some calculated energies for ¥,(MO) are reported; they are

considerably higher than Y(best).

C3Hg NO, HCO,,
VBHL (¥4) 1.94 4.93 5.16
VBBO 3.01 5.92 5.82
MO 1.07 2.04 1.91
IVBO 0.99 1.91 1.82
IVHL 0.47 0.88 0.81
NPSO 0.41 0.59 0.48

Table 23-3 Energies (in eV) of VB, MO, IV and NPSO waveé-functions relative to
¥ (best).
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23-3 STANDARD VALENCE-BOND RESONANCE

The standard valence-bond resonance formulation for an electron-excess system
involves resonance between the standard Lewis structures (1) and (2), which have

covalent bonds only between adjacent atoms, i.e. it is usual to write

as in ¥; of Fig. 23-1 for H;.

For the Y-A and A-B bonds, we may use two types of wave-functions, namely (i)
Heitler-London (HL) functions, and (ii) two-centre bond-orbitals (BO) of the type
4y, = y + ka, 0R=b+ka with k > 0.

Therefore, as wave-functions for the standard valence-bond resonance, we may
writel=5,10,12-14

(1) v(vBHL) = |y®yPa®bB| + 1yoyBp%af| + |y®aPpof| + |a%yBronf| = v; (5)
(i1) ¥(vBBO) = Iy®yPo%e 81 + lofefbobBl = kv + 29 1 + kP¥py (6)

We note that neither of these wave-function includes the "long-bond" function
Y11/ and that ¥(VBBO) overloads itself with the high-energy functions Yrr11 and Y1y
In Table 23-3, neither ¥(VBHL) nor ¥(VBBO) has a low energy, and we may conclude
that the standard valence-bond resonance does not give a very suitable representa-

tion for the electronic structures of these systems.

23-4 LINNETT NON-PAIRED SPATIAL ORBITAL

The general non-paired spatial orbital (NPSO) valence structure for 4-electron

3-centre bonclj.ng1 -6,12,13 5 (10)

Yea-.B
(10)
(:-.)
0, (=3) (=3)
as occurs in the valence-bond structures / \ . and H « H + H for O3
(=% %0; Qs (%)

and HS. In (10), two electrons occupy y and b atomic orbitals, and two electrons
occupy the two-centre bond orbitals ¢y, =y + ka and bR = b + ka with k > 0.
Since the four electrons occupy different spatial orbitals, we may construct

two singlet wave-functions, both with spin quantum numbers s = S, = 0. The details

are described in Section 15-2 and it is possible to form linear combinations of

1-6,12,

these wave-functions For illustrative purposes here, the special linear

combination that generates
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¥(NPSO) = Iy%ePedpfl + 1yBefeBro| (7

in which electrons occupying spatially adjacent orbitals have opposite spins, is a
satisfactory wave-function and this is the NPSO wave-function that. we shall examine.

In terms of the functions ¥; to ¥;y, we may express it1-6 as

¥(NPSO) = k¥ + k2\fn + 2¥717 (8)

thereby showing that it includes the "long-bond" functions ¥7; and excludes the
unimportant function ¥;y. The opposite pertains for the ¥(VBBO) of section 23-~3,
‘and therefore we can understand why the Y(NPSO) of Table 23-3 generate much lower

energies than do the Y(VBBO).

23-5 " INCREASED-VALENCE"

The general "increased-valence" structures are (11) and (12). As we have done
many times in this book, we may derive them from the standard Lewis structures (2)
and (1) by delocalizing a B electron of (2) into a vacant bonding A-B orbital, and a

Y electron of (1) into a vacant bonding Y-A orbital. Thus, we may write

b+ ka+hbh y + ka+y
e

y—a '3 - Y—A B ¥Ya—s —_- Y. .a—s
(2) (11) (1) (12)

Above the arrowheads, we have indicated the orbitals that are involved in the
delocalizations.

For the standard valence-bond resonance of Section 23-3, we have used two
types of wave-functions for the electron-pair bonds, namely the Heitler-London and
the bond-orbital functions. We may do the same for the "increasied-valence" func-
tions of this section’s12714, If ye assume that electrons which occupy spatially
adjacent orbitals have opposite spins, we may write down the following Heitler-
London and bond-orbital wave-functions for the resonance between the "increased-~

valence" structures of (11) and (12).

v(avin) = |y%afelnf| + |y3a“¢§b°‘| + |baa8¢;y8| + lea“¢§y°‘| = v+ 2kY (9)
v(IvBo) = 16%B00bB | + 1026Bb%B 1 + 1030802481 + 10308y%e 8|
LYL'R L R R'R'L RY R: L

= 2 2
= 3k¥p + %Yy + 4¥ppp + %Yy (10)

Both ¥(IVHL) and ¥(IVBO) include the standard and "long-bond" structure
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functions ¥; and Yr;. In Table 23-3, the ¥(IVHL) and the Y¥(NPSO) are the low-energy
functions in each case, with Y(NPSO) being the slightly better function.

We may note that ¥(MO) and Y(IVBO) of Egs. (4) and (10) are similar wave-
functions, and that their energies in Table 23-3 are very similar. This point has

been discussed in more detail elsewhere12-

23-6 “IMPROVED" Y(IVBO) AND Y(best)

The y(MO), ¥(VBBO), Y(NPSO) and ¥(IVBO) that we have described in Sections
23-5 each have one variation parameter (k.' or k), i.e. one parameter which may be
chosen so that the energy for each of these functions is minimized. Therefore, none
of them can have energies as low as the y(best) with three independent variation
parameters. However, it is possible to improve these wave-functions by introducing
additional variation parameters. We shall discu'ss how this is done here.

For the molecular orbital description of H,, we have shown in Section 3-3 that
the bonding molecular orbital configuration (c|1s)2 could be improved through
configuration interaction by linearly combining it with the antibonding configura-
tion (0*15)2. Through configuration interaction, we may also improve the \y1(Mo) of

Section 23-2. By constructing the wave-function
¥(CI) = Cq¥1(MO) + Cp¥5(MO) + C3¥3(MO) + Cu¥,(MO) (11)
in which

vom0) = 13vBv3eB1 . vymo) = 1eSeBegvBl L v 00 = (1eSeugeB i + 1vSviugesinst
(12)

and the coefficients C4 toC, are chosen so that the energy of ¥(CI) is a minimunm,
we obtain a wave-function which is equivalent to the ¥(best). Without some
transformation, this ¥(CI) has the disadvantage that it does not correspond to one
or two simple valence-bond structures.

For ¥(VBBO) and ¥(NPSO), we may use a different bond-parameter for each bond
orbitale'13- Thus, instead of using ¢y, = y *+ ka for both Y-A bonding electrons of
the valence bond structure (2), we may use ¢; =y + ka for one electron and 01: =y +
k'a for the other electron. Similarly, for the two A-B bonding electrons of (1), we
may use the orbitals bR = b + ka and 01; = b + k'a instead of ¢r = b + ka for both

electrons. The ¥(VBBO) wave-function may now be expressed as
¥(VBBO) = (k + k')¥; + 4¥p;; + 2kk'¥iy (13)

which still omits the "long-bond" function ¥Yrre



252

In Table 23-4, we report the energies for some two-parameter wave functions13.

They show that ¥(VBBO) remains a high-energy function.

XeF, C3Hy NO, HCOS
VBBO 8.08 1.20 2.98 3.37
NPSO 0.060 0.058 0.225 0.266
IVBO 0.190 0.003 0.00001 0.005

Table 23-4 Energies (in eV) of two-parameter VBBO, NPSO and IVBO wave-functions
relative to ¥(best).

The Y(NPSO) may be improved by using the bond-orbitals ¢, = vy *+ ka,
" "

R = b + k"a, ¢p =y + k"a, and br = b + ka instead of ¢y, = ¥y * ka and

$r = b + ka. If this is done, we may express Y(NPSO) as
¥(NPSO) = (k + k")\lfI + 2kk"‘l’II + 4¥iyq (14)

which generates very low energies in Table 23-4. However, Y(NPSO) can never become
equivalent to ¥(best), because it must always omit ¥yy- With ¥(IVBO), we may
construct either two-parameter or three-parameter variational functions. For
example, we may use °L =y + ka and q»I" =y + k'a for both electrons of the two-
electron Y-A bond of (11), and o; = b + k"a for the one-electron A-B bond of (11),
together with the ¢y = b + ka, ¢1; = b + k'a and ¢£ = y + k"a for (12). By

introducing these orbitals into ¥(IVBO), we may express this wave function as
¥Y(IVBO) = (k + k' + k")‘II + Zkk"‘?II + 4¥yyr + 2kk'Yy (15)

which may be shown'3 to be equivalent to (4/C3)\Hbest). Therefore, for symmetrical
systems, resonance between the two "increased-valence" structures (11) and (12) is
equivalent to unrestricted resonance between the valence-bond structures (1) to (6).
So, if we are prepared to use non-orthogonal bond orbitals as wave-functions for
(fractional) electron-pair bonds and one-electron bonds, we may use "increased-
valence" structures and know that these can correspond to the best description of
symmetrical 4-electron 3-centre bonding units.

In Table 23-4, we have reported some two-parameter Y(IVBO), for which we have
assumed that k = k' in the bond orbitals for the two-electron bond. As is the case
for the two-parameter Y¥(NPSO), the energies of these Y(IVBO) are very low.

If Y and B are non-equivalent atoms, the "increased-valence" structures (11)
and (12) are non-equivalent structures, and they will have different energies. For
neutral systems, we would expect that (11) will be the lower-energy structure if the

formal charges of the standard Lewis structures (1) and (2) are those of (13) and
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(14). If we use the non-orthogonal bond-orbitals br,s 01'. and¢; for the Y-A and A-B

bonding electrons of (11), we obtain the three-parameter function
Y(Y—A o i, IVBO) = k"¥q + 2(k + k')¥, + k'k¥3 + 2y, + 2kk'¥¢ (16)

which summarizes resonance between the five canonical structures (1)-(4) and (6).
The formal charges for the omitted canonical structure (15) suggest that this this
structure should have a small weight, and therefore this three-parameter function

should approximate closely to ¥(best).

++)

() (+) v () (7)) «
Y A B

Y A—B Y—A B
(13) (14) (15)

23-7 CONCLUSIONS

Throughout this book, it will be noticed how usually we have used a Heitler-
London type wave-function for the (fractional) two-electron Y-A bond of the
"increased-valence" structure (11). Invoking such a wave-function is the simplest
way to ensure that the "increased-valence" structure summarizes resonance between
the standard and "long-bond" Lewis structures (2) and (3), each of which has a
Heitler-London electron-pair bond. But, as we have done in Sections 23-3 and 23-5,
we may also use two-centre bond orbitals as wave functions for the two-electron Y-A
bonds of (2) and (11) as well as for the one-electron A-B bond of (11). 1In Section

bo .
23-6, we have shown that Y——A B is equivalent to the resonance of

HL (3 oo oo o .o o Y3 . .o HL

Y——A B «+ Y A B ++ Y A B +» Y A B ++ Y A——B
(2) (4) (6) (3) (1)

in which we have written bo (bond-orbital) and HL (Heitler-London) above or below

the bonds to indicate the type of bond wave-function. Since the valence-bond

structure Y. bo A B with bond-orbitals for the Y-A bonds is equivalent to the
resonance
-La - ¥ a2 B ey X B
(2) (4) (6)
it follows that Y—A e« B summarizes the resonance of
I’_\\
bo o - H}o e oo HL

Y=2A B « ¥ 2 B s Y A——3p
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Such an "increased-valence" description is therefore more elaborate than that

which uses the Heitler London formulation for all two-electron bonds, namely

but both do include (in different ways) the standard and "long-bond" Lewis struc-

~» 7 HL =«
o ® oe .

tures Y——A B and Y A B. Our essential point is that by using
,” !_‘IL = EN
Y—A o i, we do stabilize Ye——A B through interaction with Y .A. i, no

matter what type of wave function is used for the two-electroan Y-A bonds. The
fundamental process of (fractional or non-fractional) electron-pair bond formation
involves spin-pairing two unpaired electrons with opposite spins occupying overlap~
ping orbitals, and the nature of the bond wave-functions need not be prescribed

uniquely. Therefore, when we write

. L o .
Y+A B —-» Y—A B
we must obtain a lower energy than when we use Y——A .ﬁ alone.

If our wish is to use one valence-bond structure to summarize resonance
between the "long-bond" structure (2) and other canonical structures, in Section 23-
4 we have found that we may also use the NPSO structure (10). Because this
structure summarizes resonance between the canonical structures (1), (2), (3) and
(4), Y(NPSO) must always generate a lower energy than do the wave-functions for
either Y-E-A « B or YEI—L——A e B s Y o AE'—B. (These "increased-valence"
structures are equivalent to the resonance of (2) «+ (3), and (1) «+ (2) «+ (3)
respectively.) However, one advantage that is obtained by using either (11), or
(11) «» (12), is that the "increased-valence" structures are very easily generated
from the standard Lewis structure (1) and (2). And if we use bond-orbitals for all

o
three bonding electrons of Y A ﬁ, then this structure must be more stable than

bo
(10), since it is easy to show that Y——A B summarizes resonance between (10)

and (6), i.e

B +«+ Y A B
(10) (6)

w

e
.

-
o

Y—EA B

Usually, however, the contribution of (6) should be small. Therefore, the
NPSO structure is a very good alternative to the "increased-valence" structure, and
perhaps has the advantage that, because it involves no (fractional) 2-electron

bonds, only one type of spatial orbital wave-function may be constructed for it.
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CHAPTER 24
A NOTE ON PAULING “3-ELECTRON BONDS” AND COVALENT-IONIC RESONANCE

If a pair of electrons occupy two overlapping atomic orbitals centred on two
atoms X and Y, then the X-Y bond may be described in terms of resonance between a

covalent structure and two ionic structures, viz

(=) (+) (+) (=)
XY ++ X3 Y ++ X 3Y

This type of covalent-ionic resonance, which involves an electron-pair bond in
the covalent structure, is widely known. The discussions of Section 7-3 and 8-1(c)
show that for 6-electron 4-centre bonding units, another type of covalent-ionic
resonance is also possible, namely that which generates a Pauling "3-electron bond"
between the diatomic moieties. If we generalize the discussion of Section 7-3, for
example, we may represent this type of resonance as (1) «+ (2), (1) «+ (3).

(Equivalent types of resonance exist for (4) with (3) and (2).)

(1) (2) (3) (4)

With respect to the A-B and C-D moieties, structures (1) and (4) are covalent,
whereas structures (2) and (3) are ionic. The Bf ¢C «+ B* IC resonance for (1) «»
(2), or (3) «+ (4) and the A* D «+ A: °*D resonance for (1) «+ (3) or (4) «+ (2)
generates the Pauling "3-electron bonds" Be ¢ «C and Ae « *D, respectively.

Resonance between structures (1)-(4) generates two Pauling "3-electron bonds"
as in (5), with the spin distributions of (6) and (7). The molecular orbital
configuration for each of (5)-(7) involves two B-C and two A-D boading electrons,
and one B-C and one A-D antibonding electron. On spin-pairing the two antibonding

electrons, "increased-valence" structure (8) is obtained.

Be ¢ «C Bo x oC Bx o xC B - C

(5) (6) (7) (8)
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In Section 7-2, we have constructed the delocalized molecular orbitals for a
symmetrical 6-electron 4-centre bonding unit. The lowest-energy configuration is
given by Eqn. (1), below, for which the molecular orbitals (y;) and symmetry
orbitals (si) are defined as in Section 7-2, with overlapping orbitals x4, X2 X3
and x, located on the A, B, C and D atomic centres. Algebraic expansion of Egn. (2)
generates the linear combination of the symmetry-orbital configurations given in

Eqgn.(3) (c.f. Ref. 1).

¥m0) = | (w2052 w32 (N
Sq4 + usy 2
- 2 2
] l(s1) (m ) (s3) I (2)
= (12525321 + u2 1522502 (53021 + ul(s1)2(s3) " (s5) (55)2|
+ s 26 M sh) (850210 /(1 + w) (3)

The I(s,)z(s4)2(s3)2l and I(s1)2(sz)2(s3)2| configurations of Eqn. (3) gene-
rate the covalent and ionic structures (9)-(11), and (12)-(14), respectively, with
B~C and A-D electron-pair bonds in the covalent structures (9) and (12). The
remaining Slater determinants of Eqn. (3) are associated with the Pauling "3-
electron bond" structures (6) and (7), in which the crosses and circles represent
electrons with a and B spins. Therefore the molecular orbital configuration of Eqgn.
(1) for 6-electron 4-centre bonding is concomitant with covalent-ionic resonance of

both the electron-pair bond and Pauling "3-electron bond" type.

B=——C B :C B Cc

(9) (10) (11)

(12) (13) (14)

When ¥ ,(MO) of Eqn. (1) is linearly combined with the excited configuration
¥,(MO) of Egqn. (4), to give a lower-energy C.I. wave-function, the contributions to
2 q

resonance of the ionic structures (2), (3), (10), (11), (13) and (14) are reduced
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relative to those of the covalent structures (1), (4), (9) and (12). The Pauling

"3-electron bond" structures (5)-(8) then acquire polarity for the 1-electron bonds.

The "increased-valence" structure (8) is then replaced by resonance between (15) and
(16).

¥2(M0) = | (¥1)2(¥3)2(44) 2] (4)

2

33 + As-l 2 2
5 (m!,) (s5)%(s,) (5)

(15) (16)

We shall conclude by noting that covalent-ionic resonance for the electron-
(=) (+) (+) (=)
pair bond, X—Y <+ X Y X Y is equivalent to resonance between the

(=) (+)

1-electron bond structures i e YandX . Y. This is because X ¢ Y X Y ++ X—Y
. (+) (=)

andX Y = X—Y ++ X Y.

With these identities, all electron-pair bonds that have both covalent and

ionic character may be expressed in terms of 1-electron bond structuresz, i.e. for

any molecule, valence-bond structures may be written down that involve only
1-electron bonds.
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APPENDIX
ATOMIC ORBITAL OVERLAP AND RESONANCE BETWEEN STANDARD AND
“LONG-BOND” LEWIS STRUCTURES

As well as relative energy considerations, atomic orbital overlap via the off-
diagonal matrix elements (Hij) of the secular equations (Section 1-3) helps promote
the importance of "long-bond" structures for N-centre electron-rich bonding units'.
We shall demonstrate this by consideration of 4-electron 3-centre bonding, for which
the standard and "long-bond" Lewis structures are (1), (2) and (3) of Section 23-1.
With Heitler-London type wave-functions for the electron-pair bonds, the wave-
functions for these structures are the ¥,, ¥, and ¥3 of Eqn. 23-2.

The extent to which Yj will linearly combine with ¥;, and the magnitude of the
concomitant resonance stabilization energy, depends on the magnitude of the
Hamiltonian matrix element Hij for i # j, as well as on the energy separation
Hjj - Hjj. The off-diagonal Hij is atomic orbital overlap dependent, directly
through the overlap integrals Sya, S,p and Syb' and indirectly through the core
3\:' (uv|AX) and
(uv|Arg). (The u, v, A and 0 are any of the atomic orbitals y, a andb, withu # v;

Hamiltonian and electron repulsion integrals of the general types H

see for example ref. 2 for integral definitions). With the ¥; of Eqn. 23-2, it may
be deduced (see for example Ref. 3 for procedure) that the dominant terms forHq,

and Hy3 are functions of S and S}, respectively. However because the atomic

a
orbitals y and b are locatedyon non-adjacent centres, the overlap integral syb has a
very small magnitude, and therefore the dominant terms for Hq5 are functions of the
product syasab' Consequently, because all overlap integrals are less than unity in
magnitude, Hq,3 and Hy3 will usually have appreciably larger magnitudes than has H,,.

These H;; considerations show that with respect to atomic orbital overlap, a

pair of stand:rd and "long-bond" structures (i.e. (1) and (3), or (2) and (3)) are
better suited for resonance than are the pair of standard structures (1) and (2),
i.e. the "long-bond" structure (3) helps the standard structures (1) and (2) to
interact by functioning as a "bridge" between them. One may envisage the conversion
of (1) into (2) to occur via (3), by transferring a Y electron of (1) into the A
atomic orbital to afford (3), and then the transfer of an A electron of (3) into the
B atomic orbital to obtain (2), i.e. the "long-bond" structure forms a connecting

link between the standard structures.
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Addendum:

. 2 % . 2 -k
Page 37, 3 lines below Egn. (15): replace (1 - Sab) with -(1 - Sab) .
Page 45, Eqn. (41): insert - before { .

Page 236, 2nd line of (e): replace O_, with Fe(II).
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