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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 03 involves resonance between the 
(+1 
o standard Lewis structures ~ ~ 

(-I .b:'" ~d· .. . ., 
and Until 

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

diradica~ Lewis structure 
o 

•• / •• ,.. has been largely ignored. 
:0 .0.. 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" (Ao • ·B) and "increased-valence" structures for providing qualitative valence

bond descriptions of electronic structure. The" increased-valence" struc.tur.eS--Ior 

electron-rich molecules - for example and o 
•• / ~d. _.0 •• 

- are equivalent to resonance between standard and "long-bond" Lewis structures, and 

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 
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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 N20 4 , 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 &0. 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 N204 long and weak. 

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 1 on 

quantum mechanics and valence. 

1-1 ATOMIC ORBITALS 

For any atom, there are n l atomic orbitals with principal quantum number n 

(= 1, 2, 3, ... ). These orbitals may be classified as ns, np, nd, nf, according 

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

n - 1) for an electron. For each value of 1, there are 21 + 1 orbitals. Thus, 

there are one 3s, three 3p (3px' 3py and 3pz) and five 3d (3dxy ' 3dxz ' 3dyz ' 

3dxl _yl and 3dz2) orbitals for 1 = 0, 1 and 2; here we have assumed that the np and 

nd orbitals are all real orbitalst • For certain purposes, the ndxy' n~z and n~z 

are designated as t 2g orbitals, and the corresponding designation for the remaining 

pair of nd orbitals is ego Schematic contours for ls, 2p and 3d 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 

the nature of the hybridizationtt • The latter is usually used for elementary 

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

t The hydrogenlc atomic orbitals have the general form lj/(r,e,$) = R(r)9(e>4($), in which r, e and $ are 

the polar coordinates for the electron. For complex atomic orbitals, ~($) = exp Um z$) with i =/(-0 

and mz = 0, ±1, ±2, ... ±1. The np+l' npO and np_l orbitals have mz = +1, 0 and -1. The real np 

orbitals are related to the complex orbitals as follows: 

npx = (np+l + np_l)/2, npy = (np+l - np_l)/2i, npz" npO' 

In the absence of a magnetic field, orbitals with the same nand 1 values aredegerErate, I.e. they 

have the same energies; for given nand 1 values, the number of degenerate orbitals Is 21 + ,. 

tt If A, and A2 are the hybridization parameters for two orthogonal hybrid atomic orbitals h, = s + A,p, 

and h2 = s + A2P2' then the angle e between the hybrid orbitals Is given by the Coulson formula2 

cos e = -,/A,A2• If the hybrid orbitals are assumed to be oriented along the bond axes for two a-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'03b• 
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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 w~ have indicated the explicit forms of the linear combinations 

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

(i) Digonal: sp (h l 

(ii) Trigonal: ~ ~ 
- Px + 3 Py) /6 , 

(iii) Tetrahedral: sp3. 

(iv) Square planar: (ns, and and 

(n + 1 )s, (n + 1 )px and (n + 1 )Py) for atoms of main-group elements and 

transition metals. 

(v) Trigonal bipyramid: sp3d (ns, three np and ndx2 _y2 or ndz2 ) and dsp3(n~2_y2 

or ndz 2, (n + l)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 dx2_y2 and dz2 is possible to form the appropriate d orbital 

for the hybridization scheme. 

(vi) Octahedral: and 

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

metals. 

d~ 

8 • 
p 

z 
t 

e-e 

8 
L<;2J.& (30 
&QJ \J 

~ 

.rI' 

drc2-fl 

8 L. 
CD-CD 

8 

Figure 1-1 Schematic contours for ls, 2p, 3d, spn and d2sp3 atomic orbitals. 
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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 a-bonds. 
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Figure 1-2 Lewis valence-bond structures for different a-bond hybridization 
schemes. (Adapted from E. Carmell and G.W.A. Fowles, Valency and 
Molecular Structure (4th ed. Butterworths, 1977). 

Any real orbi tal lJI is normal izedt if JlJI2 dv = 1; if JlJI i lJI j dv = 0 for a pair of 

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

t For a real atomic orbital in an atom, Later, ct;; 
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(~2) gives the charge density, or probability density for an electron when it 

occupies the orbital. The integral J~adv = 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 15(5 + 1) (h/21r) 

(with h = Planck's con-

stant). When an external 

magnetic field is applied, 

the spin angular momentum 

vector orients in two dif-

ferent directions so that 

the z-component of spin an

gular momentum (i.e. the 

oomponent parallel to the 

direction of the magnetic 

field) takes values of 

s.z(h/211) with Sz = ±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 sand Sz (: sz(1) + 

Sz(2» replacing sand sz' 

The allowed values for S 

and Sz are the following: 

(i) S = 0, Sz = 0; (H) S = 

1, S z = + 1, 0, -1, and the 

orientations of the spin 

angular momentum vectors 

for these quantum numbers 

5=% 
Sz=+% 

8=1 
8z =+1 

t t 

-.. .... 
.. % 

~-----I", 2 .... .... " 
, 

5=% 

Sz= -% 

8ift 8 = 1 

8z= -1 

f t 

",... 'IlIi 2% < -1 ----... ..... -- __ 1 __ ---,' 

Figure 1-3 Orientations of spin angular momentum 
vectors for one and two electrons rela
tive to an external magnetic field 
directed along the z-axis. ~ = h/211. 
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are also displayed in Fig. 1-3. The spin angular momentum vectors are parallel (++) 

for 5 = 1, and antiparallel (++) for 5 = O. 

In general, if the total spin quantum number for an atom or a molecule is 5, 

there are 25 + 1 values for the 5z spin quantum number, namely 5, 5 - 1, 5 - 2, 

- 5. 

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 Sz quantum numbers. Therefore, 

not more than two electrons may occupy the same orbital.t 

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 5 is non-zero for such a mole-

cule. For a molecule with spin quantum number 5, the spin angular momentum 

generates a magnetic moment of In(n + 2) Bohr magneton for which n 2S is the 

number of unpaired-electron spins. 

1-3 LINBAR COMBINATIONS OP WAVB PUNCTIONS 

If lj/1 and lj/2 are two (real) wave-functions, then linear combinations of the 

form lj/ = c1lj/1 + c21j12 (or lj/ = lj/1 + k1jl2) may be constructed, in which the coefficients 

c1 and c2 (or k) are constants. If the coefficients c1 and c2 are determined so 

that the energy of 1jI (i.e. E = f1jl1H1jI2dT/f1jl2dT with H = Hamiltonian operator) 

is a minimum, then provided that 1jI1 and 1jI2 interact (i.e. H12;;; f1jl1Hlj/2dT ;i 0), two 

(orthogonal) linear combinations are generated that have respectively lower and 

higher energies than have either of 1jI1 and 1jI2 alone. The resulting energy-level 

diagrams are displayed in Fig. 1-4. 

In the absence of magnetic fields, the Hamiltonian operator H for a system of 

electrons in an atom or molecule involves the sum of kinetic and electrostatic 
A A A 

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

V. The T operator is given by L(-h2/81!2rn)V~' and V 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 + Heisenberg uncertainty relatlonshlp4. For principal quantum number n, It may be deduced thllt II 

maximum of 2n electrons may occupy each of n Independent circular orbits around the nucleus. There lire 
n2 atomic orbitals with principal quantum number n. Therefore 2n x n/n" = 2. 
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k>l 
O<k*<l 

1/1,- k*1/I 2 

,---, , , , , 
--' , 
,t, \ , '1', \ , 

" L-, ,'1/1 
, ,2 

'---' 
1/I,+kI/l2 

Figure 1-4 Energy level diagrams for theAlinear combinations of two interacting 
wave-functions lj/1 and lj/2 assuming that Jlj/1R1li2dT < O. When H12 = ES12 and H22 ~ H11' 
no linear combination is stabilized relative to lj/1' 

nuclei, and repulsions between the electrons. The requirement that 3EI3c1 = 3EI3c2 

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

In this book, the wave-functions lj/1 and lj/2 are of two main types: 

(a) Atomic orbitals: If lj/1 and lj/2 are a pair of (real) atomic orbitals 

located on two atoms, the interaction integral (or resonance integral) Jlj/1~2dV is 

non-zero if these atomic orbitals overlap, i.e. Jlj/1lj/2dv t- O. The lower and higher 

energy linear combinations of lj/1 and lj/2 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. Jlj/1lj/2dv = 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: 
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(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 struct'ures 

« e.g. Li--. ond L'· ,. fo< L'. 0< 0 ond 0 fo< e,.,) h ... 

configuration wave-functions (or structure functions or bond

eigenfunctions) designated as ljI1 and ljI2 for their electrons, then the 

construction of linear combinations of these wave functions is equivalent 

to invoking resonance between 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 ljI1 and ljI2 alone. 

Resonance stabilization can only occur if J ljI1~ljI2dT (the exchange 

integral) is non-zero. A necessary (but not necessarily sufficient) 

condition for this to occur is that the bond-e igenfunctions ljI1 and ljI2 

must have the same sets of values for their Sand Sz spin quantum 

numbers. 

(ii) Molecular orbital configurations: If ljI1 and ljI2 are two different 

molecular orbital configurations with the same spatial symmetry and sets 

of spin quantum numbers (for example, ljI1 and ljI2 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 1\1 1 and 1\12 do not differ in the orbital and spin 

designations of more than two electronst . (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 1\11 and ljI2 can also interact with a 

third wave-function ljI3' then the linear combination ljI = c1lj11 + c2lj12 + c 3lj13 (with c , 

c2 and c3 chosen so that the energy of ljI is minimized) will have a lower energy than 

has either ljI = c1lj11 + c2lj12 or ljI3 alone. If ljI is a molecular orbital formed from the 

1 inear combination of three overlapping atomic orbi tals ljIl' ljI2 and ljI3 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. 
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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 ~1' ~2 and ~3' 

Diatomic molecular orbitals which are either symmetric or anti symmetric with 

respect to rotation around the bond-axis are designated as a and~. 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 ~-type molecular orbitals, 

which we shall label here as either ~x and ~y (assuming that the z-axis is the bond 

axis) or ~ and i. 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 constructe~ 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 a or ~ or a + Ii type, 

with ~ non-degenerate. The a + Ii molecular orbitals have a-symmetry with respect to 

at least one pair of adjacent atoms, and Ii symmetry with respect to at least another 

pair of adjacent atoms. In Fig. 1-5, atomic orbitals that may be used to construct 

a + Ii molecular orbitals for N20 2 and FNO are displaye~ 

Figure 1-5 Atomic orbitals for a + Ii molecular orbitals of N202 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 XNTRODUCTXON 

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

chemical bond that pauling' has designated as the "3-electron bond". This type of 

bond is usually represented as A ••• 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 '931, pauling' introduced the "3-electron bond", to help describe the 

electronic structures for a number of molecules and ions, such as NO, He2 +, 02' N02 

and C10 2 , whose ground-states are paramagnetic at room temperature. pauling's 

valence bond structures for these systems are displayed in Fig. 2-'. 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. 

He· • • He :0: : : 0: 
.. 

~N. .N~ .. ~~ .... .y~ .. 
.p ·P.. ..Q. 0.. 

CI CI 

:0:' ~or:P<-- ~p~ 
Figure 2-1. Pauling "3-electron bond" valence-bond structures for He;, NO, 02' N02, 

and C10 2 • 

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 A ••• B valence-bond structure 

for the "3-electron bond" is better written as i . H, 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 s.tructures 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 BLBCTRON DBFICIBNT AND BLBCTRON BXCBSS 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 02' 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 H2, N2, 

H20, C2H6, C2H4 and butadiene of Fig. 2-2, one Lewis structure alone can give a 

fairly adequate description of the bonding. If necessary, bond polarity may be 

indicated in these structures, either by arrowheads or by fractional net charges 6+ 

and 6 - as is shown for H20. 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 N2 and H20. (The crosses and circles [x and 0] represent 

electrons with Sz 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 H20 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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H-H ~N===N~ 

•• (-I 
'Q: 

W ........ (+1 
H 

(+1 
H 

•• (-I 
:P', 

H H·... ....·H --_ .... 

-------- ...... . ~ '~. 
CH 2--CH==CH--CH2 

Figure 2-2. Lewis valence-bond structures for H2 , N2 , H20, C2 H6 , C2H4 and C4H6 • 
"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, CB2 C.8--CB=CB2 is a standard valence-bond structure, 
(+) (-) 

whereas the polar and "long-bond" structures CB2-CB=CB-Ca2 and 

-------,,- ---
~ 'w 
CB2-CB=CB-CB2 are not. 

P 

Similarly, each of "H 0: 
-(-I '. 

Po-_ c+) ( --r---! :P, 
-(+) -

•• c -) 
:FI 

- (+) 
and .. H:=O: 

Lewis structures for FNO, whereas :!~o: and .. H= 0: are not. 

are standard 

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 C6 H6 , H;' B2H6, HF2, 03' 

N20, 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 C6H6 then contribute equally 

to the resonance) or considered to have fairly similar energies. 
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0-0 H-H 
(+1 (+1 
H ...... H H-H 

(+1 H (-I .. .. 
:F: .... :F: .. .. :F-H .. H--F: .. ~0'.a: ~ :l>;O,o~ 

(.) (.) 

(+1 I-I (-I 1+1 H 1+1 
•• .. Jl 

IN=N-O:~:N=N=n! ~:N=N=u: •• r.;- •• 

(+) 
•• I-I •• 

:F: ()=C=O: .. .. 
:f. '\. er-c==o: 

(+1 
II • N :sO: '. N=O: '. 

X=R-O 

Figure 2-3. Standard Lewis structures for C6H6, 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 structures3b,c, namely 

0·· • • • 
( (+%1 (+%1) 

H • H • H 

((-%~ • (-%1) 
(_%1 (+1 (-%1 H (+1 

.f. •• H • 'F": .. ' 
(+1 

o 
:../. ~ 

(_%1 .~ s:t: (-%1 

:N:::!:::N-'-O: ..... :N-·-N-·-O: .. ... . 
(-%1 

.. (-%1 

:!- • (+%1 
N "":"'0: '. 

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. 

(+%1 
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GEE)}-x C3B8 
N NO z NNO 

(]ID Y (£OD}) 
y a b y' a' I:f 

Sets of atomic orbitals used for 4-electron 3-centre bonding units for 
N20, 03' HF2, I 3, FNO, F2 0 2 , cr-co linkage for Cr(CO)6 and Ni-O-Ni 
linkage for solid NiO. 

Molecules and ions such as B2H6 and H; are examples of electron deficient 

systems, because the number of valence-shell electrons is < 2(N -1), with N = 

number of atoms. However, it is with molecules and ions such as N20, 03' FNO, and 

HF; 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 Y, A, and B are three atoms 

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

(1) 

.. 
B 

.. 
Y A-B 

(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 (H2 0)2' Me3N .... I2' the transition 

state for the SN2 reaction HO- + CH3Br, and an O-Ni-O linkage for solid Ni2 +02- 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 H, (_I 

.~ 
\/ 
c---Br 

(+1 

N"· 
I. 

I 
H 

.. 
I----J.: 

(-I (+21 ... 
O·-Ni .. 

~ 

-+--+-

-

H (+./ 
H--n 

~, 

H 
H H 

H, \/ •• (-I 
;.q.--C :Br: .. 

I 
H 

(+1 •• H 
(CH3b N--1 :1: .. 

(+21 (-I (+1 . .. 
Ni-O· lNi .. 

Figure 2-5. Standard Lewis structures for (H20)2' the transition state for the SN2 
reaction of OH- + CH3Br, the complex Me3N .... I 2 , and an Ni-O-Ni linkage 
of solid Ni2 +02-. 

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

Br~- with standard Lewis structures 
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(-) (-) (-) (-) (-) (-) 
00 00 00 00 

Dr-Dr :Br: :Br: and :Br: :Br: Dr-Dr .. 00 00 00 

00 

:Br: 
00 

Dr-Br 
00 

:Br: 
00 

has a 6-electron 4-centre bonding unit for a set of six electrons distributed 

amongst the four overlapping 4po atomic orbitals of Fig. 2-6. A cyclic 6-electron 

5-centre bonding unit obtains for the w-electrons of pyrrole (Fi~ 2-6); for which 

the standard Lewis structures are 

o N 
H 

(-I n 
~~I? N 

H 

HO· /. (.)// 

t-i 
H 

0-] 
H 

00 

These longer N-centre bonding units of the general types A B-C o and 

Y-A B 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. 

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 
a + i-type is displayed.) 

2-3 DELOCALIZED MOLECULAR ORBITAL THBORY FOR 4-ELBCTRON 3-CBNTRE 

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), Le. 

Y-A jj ..... 00 

Y A-B 

(1) (2) 

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

also very widely used5 ,6, and we shall describe three examples of the molecular 

orbital theory here. 
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2-3& SylUaetrical 4-electroa 3-centre bonding: 8] The linear triatomic anion 

H3 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. 

y a b 

CD H CD CD®G) 
tP2 tP3 

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

H3· 

Because y and b are symmetrically-equivalent atomic orbitals, the delocalized 

molecular orbitals have the following forms, for which k1 andk3 are constants, both 

> O. 

y - b, (1) 

Approximate contours for these molecular orbitals are displayed in Fig. 2-7 

and examination of them shows that "'1' "'2 and "'3 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 ("'1)2("'2)2, with the antibonding"'3 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 :R--R--O: 

(4) (5) 

For a very 

large number of electron-excess molecular systems, the 4-electron 3-centre bonding 

unit is not symmetrical. For example, N20 has two sets of four ll-electrons, each of 

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

orbitals are the following: 

I 

ci1Y + ci2a + ci3b and ~i 1,2,3 

2 2 I 2 I 2 The lowest-energy molecular orbital configuration is ("'1) ("'2) ("'1) (~2) • 

Because the terminal nitrogen and oxygen atoms are not symmetrically-equivalent, 

molecular orbitals "'2 and ~~ are not necessarily non-bonding orbitals with respect 

to each pair of adjacent atoms. The molecular orbital valence structure for N20 now 

corresponds to that of (4). sometimes, it is represented as (5), for which each 

broken line represents a set of four delocalized w-electrons. 

Another example of a molecule for which non-symmetrical 4-electron 3-centre 

bonding units occur is F20 2• This molecule has two important sets of 4-electron 

3-centre bonding units, which involve the atomic orbitals of the type displayed in 

Fi~ 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 N20, namely ("'1)2("'2)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 N20. With respect to the 0-0 bonds, the 

3-centre molecular orbitals have respectively ii- and w-character. 

F 

-~ :0---0: 

~ 
F (6) 

------ , 
", , 

:0::::::.0: 
./ 

"" F (7) 

,of 

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 
tOO 

and N-O bond--lengths of 1.129 A and 1.188 A for N20 are similar to the triple and 

double bond 7 ,8 lengths of 1.098 A and 1.214 A for :11_11: and CH3N=0. But inspec

tion of the molecular orbital valence structures (4) and (5) for N20 does not make 

this similarity obvious. For F20 2, the 0-0 bond-length of 1.217 A is almost iden

tica19 to the double-bond length of 1.207 A for free 02' 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 bonC}-lengths have been taken from reference 7. Differences In operational 

definitions of bonC}-lengths (I.e rs' roo r g• reI. and uncertainties In bonC}-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 text10• 

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 N20 and F20 

as examples agai~ 

2-4 STANDARD VALENCE-BOND THEORY FOR N20 AND F20 2 

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

modern electronic theory of valence was established by Lewis11 in 1916, who 

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

consists of one or more pairs of shared electrons. In 1919, Langmuir12 elaborated 

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 1s22s22p6 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 configura ton, 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, 

2px' 2py' and 2pz)' and a maximum occupancy of t;wo electrons per orbital is permitted 

by the Pauli exclusion principle. 

We shall now use the covalent molecule N20 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 !I-electron distributions, and which satisfy the 

octet rule. Each of them will contribute to the ground state resonance description 

of the electronic structuret • To provide a simple quali tative discussion of the 

t 
A I together, there are 27 other VIII ence-bond structures that d i f fer I n the d i str i but Ions of the four 
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Lewis-Langmuir octet structures for N20. "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 N20, 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 i) to 
o 

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 observation. 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 

N20, 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 pagel 'If- and four ii-electrons, and whch participate in resonance with the octet 

structures of Fig. 2-8. These structures have fewer cava lent bonds than have the octet structures. 
Here, we are restricting our attention to a conslderaton 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. 13a-d. 
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formal charges (-2, +1, +1) are much larger than they are for any of (1)-(3), namely 

(0, +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 N20 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-numberst 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==:0. 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). 

We shall use F202 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-length9 of 1.217 A for F202 is similar to the double-bond length . 
of 1.207 A for the 02 ground state. The o-F bond-lengths of 1.575 A are appreciably 

longer than the 1.42 A for the O-F single-bonds of F20. A set of nine valence-bond 

structures that conform to the Lewis-Langmuir octet rule is displayed in Fi~ 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 F202 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 F202, 

then we are unable to account for the observed bond-lengths of this molecule. (By 

contrast it may be noted that for hydrogen peroxide H202, 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 A and 0.965 A 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. It 
may be ca I cu I ated from the wei ghts of the val ence-bond structures that are used to descr I be the 

electronic structure of the molecule, as Is demonstrated above for N200 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 antlbondlng electrons)}. 
More elaborate definitions will be Introduced later when necessary. 
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and O-H single bonds16 .) For F20 2, it is necessary to assume that structures (2) 

and (3) at least make very appreciable contributions to the ground-state resonanc& 

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 F202, then we 

are able to account for the similarity of the 0-0 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 

bon~ TO restore agreement between theory and experiment, it is then necessary to 

assume that valence-bond structure (4) (with an 0-0 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 F202• ''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 F20 2• 

2-5 ·LOBG-BOBO- LBWZS STRUCTURBS ABO A BBBO POR AB ·ZBCRBASBO

VALBBCB- THBORY 

2-5(a) The electroneutrality principle and -Long-BOnd- Valence-BOnd Struc-

tures For N20, 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" 

w or i 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 11-

bond, and orbitals y' and b ' f or the ii -bond. Because y and b are located on non

adjacent atoms, as are y' and b ' , their overlap integrals (Syb:; f ybdv 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:; SYlb' = 0.01. For the N-N 

and N-O 11- or ii-bonds of structures (1)-(3), which utilize atomic orbitals on 

adjacent atoms, the overlap integrals are Sya:; Sylal = 0.26, and Sab:; Sa'b' = 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 N20. For F202, 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 

calculations of valence-bond wave-functions13 ,17 indicate that this assumption is 

especially not valid when the standard Lewis structures (for example, (1 )-(4) of 

Fig. 2-8 for N20) 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-Forestier19, 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 

molecular orbital description for 4-electron 3-centre bonding13 ,17. We 

shall demonstrate this here for a symmetrical 4-electron 3-centre bonding 
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unit, with the molecular orbitals of Eqn. (1). These molecular orbitals 

may be used to express the lowest-energy molecular orbital configuration 

(111 1 )2 (111 2 )2 as a linear combination of the bond-eigenfunctions for six 

valence-bond structures, namely13C 

.. .. 
A A A 

thereby showing that the bond-eigenfunction for the "long-bond" structure 
... ~-"---. 
Y A B contributes to the linear combination. It may be noted that 

because this linear combination contains only one parameter (k 1 ) 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 'I' (y A B) 

differs from those for 'I'(Y 
.. 
A B) and 'I'(Y 

.. 
A B) (whereas they are 

the same in the linear combination above). Thus for 03' Gould and 

Linnett have calculated the "best" linear combination to be17a 

thereby demonstrating the importance of the bond-eigenfunction for the 

"long-bond" structure with zero formal charges on all atoms. Similar 

results for 03 obtained by other workers13b,d,19 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 provide~ It is based on consideration of the magnitudes of the Hij 

matrix elements in the secular equations. 

2-5(b) The Reed 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" 

structures (5) and (6) together 

with (1), (2) and (3) to represent 

the ground-state electronic struc

ture for N20, we might be led to 

deduce that the contributions from 

(5) and (6) would reduce the N-N 

and (nearest neighbour) N-O bond

numbers below the values of 2.67 

and 1.67 obtained from resonance 

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

of these latter structures contri-

buting equally). However, this 
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need not be the case, because this 

deduction ignores the effect of 

resonance on bondingt • 'ntis suggests 

that we require a technique for 

writing down all of the important 

Lewis octet structures (both stan

dard and "long-bond") together with 

some indication of the effect on 

Table 2-1 Bond-eigenfunction coefficients (Ci) 13b,d 

and weights fWi = c1sii +~iCiCfii 19 for 

the 03 ground-state. (N.B. The Ci In the text are for 

non-normalized bond-eigenfunctions for Ref. 17a.) 

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 N20 and F20 2, and make some obViOUS 

comments about them. 

In Section 13-1, we shall generate valence-bond structures (I)-(IV) of Figure 

2-10 for ~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 11- and1l-- electrons into the adjacent N-O or N-N bond regions; for example 

(+1 ("). (-I 
·N=N-O· . - U·· --+ :N==N~O: --- .. 

t w 
To Illustrate this point- we may refer to the valence-bond structures (H 

l-e I ectron mo I ecu I e Ion H2• Each of these structures a lone does not have a 
(+) 

resonance between them generates a l-electron bond, I.e. (H H) _ (H 
theory for this resonanoe Is developed In Section 3-2. 

(+1 
HI and (t. HI for the 

bond I ng electron. However, 
(+1 + 
HI;; (H· HI. Orbital 
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Figure 2-10 "Increased-valence" structures and equivalent Lewis octet 
structures. 
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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 (A 
• • 

B) and (A • B) (i.e. A • B 

;; (A B) ++ (A B», 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 (1)- (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 assumptiont 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 N20 more-closely 

resembles that of (I) than that for any of the other structures. Indeed, if we 

select (I) alone to represent (approximately) the electronic structures of N20, 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 wi th 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 N2 , 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 F20 2 , 

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 02' and the lengthening of the O-F bonds relative to 

those of O-F single bonds. In (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 th8t Is used to assign form81 ch8rges to the atoms of valence-bond 

structures. The actu81 atomic formal charges for 8 molecule 8re 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 Lew is structures, some of which 
w III have different weights, the "best" set of form81 Charges for an "lncre8sed-valence" structure will 

in general not be Integer or lrlnteger In magnitude. In the absence of knowledge as to what they are, 

we shall use the same procedure that Llnnet~ has used to assign atomic formal charges for his non-paired 

sp8tl81 orbital structures, namely to assume that bonding electrons are shared equally by acUacent atoms 

of the "I ncre8sed-v8Ience" structures. 
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between the standard Lewis structure (1) and the "long-bond" structures (5), (6) and 

(7) of Fig. 2-9. In 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: 

(-%) •• 

. 
: f.: (-%) 

(V) (VI) 

F 

(+%) 
:0=0: / .. 

(VII) 

. 
(+%) (+%) 
:0==0: 

. 
:f.: (-%) 

(VIII) 

For F20 2 , "increased-valence" structures (VI)- (VII I) 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 0-0 and O-F bond-lengths without giving 

consideration to the contributions of (VI), (VII) and (VIII) to the 

resonance. 

:F: . 

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

them involves electron distributions of the following types: 

. . . . 
N--N • 0 , N • N-O , 1'-0 • 0 and F' 0-0 

. 
We may generalize these structures to write them as Y--A • 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 . B to a third atom Y which has 

an odd-electron. Thus, using the Green and Linnett representation for the pauling 

"3-electron bond" (i.e. i . B rather than A" '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 Bent21 in his review on inter- and intra-molecular donor and 

acceptor complexes. 

The discussion above shows that the general "increased-valence" structure 

Y-A • is 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 .. tr'"---.;--..... • 
structures Y-A Band Y A B. Therefore Y--A • 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~on-bonding B electron into the adjacent A-B bond region (i.e. 

y_A.J ~ + Y--A. is lor by spin-pairing the odd electrons of the .. . 
pauling "3-electron bond" structure A • B and 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 Y---A electron-pair bond of Y~A 
.. 
s. 

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

demonstrated. 

(d) 
. . . 

In (b), the odd-electron of A • 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 . 
bonding in Y--A • B. Each of Y-A 

.. 
Band 

.... ---~--- ... 
Y A B has two bonding 

electrons, and therefore the "increased-valence" designation for . 
Y---A • B is a consequence of this property. 

(f) The A atom valence for the "increased-valence" structure can exceed the .. 
value of unity that exists for the standard Lewis structure Y-A B. 

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

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

spin-pairing the odd-electrons of the Pauling "3-electron bond" structures i . is and . . .. 
C • D, "increased-valence" structure A • B---C • D for 6-electron 4-centre bonding .. 
units is obtained. This structure summarizes resonance between A 

~ .. --~;......... . ..... -.... ~ - - -.; -- ... B-C 
.. 
D, .,. ... --;;--... 

ABC 
. ... 
D, A BCD and ABC D and may also be generated from the 

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

and C-D bond regions (i.e i'\ B-C I'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 

5-centre bonding, no pauling "3-electron bond" is present in the "increased-valence" 

structure Y--A • B • C--D which is derived from the standard Lewis structure .. 
Y-A B 

adjacent 

C--D by delocalizing the two non-bonding B electrons into the 

B-A and B-C bond regions, (i.e. Y--A 1)(\ 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 

:R=N=;r -- "' with an apparent valence of five for the central nitrogen atom, is 

sometimes used to represent the electronic structure of N2 0. In Chapter 16, we 

shall discuss why this type of structure is less useful for qualitative purposes 

than are those (such as :R--R~~:) 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 I-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 ab " ! abdv is> 0, we may construct the bonding and antibonding 

molecular orbitals 1jI+ " 1jIab = a + kb and 1jI_ ,,1jI: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. !1jIab1jlab dv = 0 for real orbitals). If the parameters k 

and k* are chosen so that the energy of 1jIab is a minimum, then the bonding molecular 

orbital has an energy which is lower than that of the antibonding molecular orbital. 

For H~, H2, He~ and He2,approximate contours for these orbitals, which are construc

ted from overlapping 1s atomic orbitals, are displayed in Fig. 3-1; the symmetry for 

Figure 3-1 

++ 

++++ 
H~ 

* 01s and 0 1s bonding and antibonding ~olecular orbitals, and 
orbita; occupations for the ground-state configurations of H;' 
H2 , He2 and He2 • 
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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 

"I 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 ljIab and 1/I ab may be 

expressed according to Eqs. (1) and (2) if the atomic orbitals are 

normalized (i.e. fa 2dv = fb2dv = 1). The a and 8 are the coulomb and 

resonance integrals defined according to Eqs. (3) and (4); H is the 

Hamiltonian operator for an electro~ 

E+ (a + 8)/(1 + Sab) (1) 

E_ = (a - 8)/(1 - Sab) (2) 

a :: f~adv - fblfbdv (3) 

8 - f~bdv - fblfadv (4) 

When Sab > 0, it may be deduced that 8 < 0 and that E_ > E+, i.e. that 

8 - Saba < o. 

3-2 ORB-BLBCTROR BORDS 

For the 1-electron bond of the valence-bond structure A • B, we may use the 

bonding molecular orbital ~ab = a + kb to accommodate the electron. This orbital 

wave-function shows immediately that A • B summarizes resonance between the valence-
• • bond structures (A B) and (A B) whose wave-functions are the atomic orbitals a 

and b respectively, i.e. we may write 

• A • B _ (A 

ljIab = a + kb a 

• B) ++ (A B) 

+ 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 ljIab = 1sA + 1sB _ a1s and (B • B)+ :: di B+) ++ (B+ H). In 

the Linnett valence-bond structures (1) and (2) for B2H6 and C6H6' the bridging B-H 

bonds and the c-c w-bonds are 1-electron bonds1• For each of these bonds, the a and 
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b atomic orbitals are a pair of boron sp3 and hydrogen 1s orbitals, and a pair of 

2pw-orbitals located on adjacent carbon atoms. 

• 
• 

H 

H 
(1 ) 

• O· • • 
• • 
(2) 

For H~' the bonding molecular orbital als = lsA + lsB has the energy 

given by Eqn.(l). If no overlap occurs between the atomic orbitals, then 

B as well as Sab equals zero. The energy for a1s is then equal to a. 

The energy difference between a and (a + B)/(1 + Sab) namely 

(B - Saba)/( 1 + Sab) is referred to as the "constructive interference 

energy,,2 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 ener~-5 shows that the kinetic energy is reduced 

appreciably and the potential energy rises slightly when the atomic 

orbitals overlap, Le. the stabilization of the a 1 s bonding molecular 

orbital relative to a ls atomic orbital is due to a net drop in kinetic 

energy when overlap occurs. 

3-3 BLBCTRON-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 ljI ab = a + kb. Therefore, the lowest-energy molecular orbital 

configuration is ljIab(l)1j1ab(2) "(ljIab)2. For H2 , a and b are the ls 

atomic orbitals and k = 1. The resulting molecular orbital configuration 

is a 1s(1)als(2) " (als)2 with als =1sA + 1sB• 

(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(llb(2) and b(1)a(2) 

differ only in the labelling (lor 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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linea~ 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 H2 , this wave-function is written as 1sA(1)1sB(2) + 1sB(1)1sA(2) with 

a normalization constant of 1/(2 + 2~b)~' 

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) = O. If we use crosses and circles (x and 0) to represent 

electrons with Sz spin quantum numbers of +1/2 and -1/2 (or a and II spin wave

functions), then we may write 

and 

A-B 

x 
A-B _ A 

A ~ B 

o 0 
B ++ A 

for 'f(MO) (5) 

x 
B for 'f(HLVB) a(1)b(2) + b(1)a(2) (6) 

For H2 , 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(-~r) with t = 1) are used 

in the energy calculations. If the orbital exponent t 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 De = 4.75 eV. 

TO improve further the molecular orbital wave-function, we may invoke 

"conf iguration interaction" (C.I.), i.e. linearly combine the bonding configuration 

* * 'ab(1)'ab(2) with the antibonding configuration ~ab(1)~ab(2). 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 Ai' B+ 

and A+ :B- For H2 , the appropriate 

1sB(1)1sB(2) with both ionic structures Hi 

ionic wave-function is 1sA( 1) 1sA(2) + 

H+ and B+ :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 + Kia 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 H2 , the three improved wave-functions of the previous paragraph are given 

by Eqs. (7)-(9) with a = 1s A and b = 1sB • 

= (1 + K) / (1 - K) = 2K / (1 + K 2 ) • 

Equality is obtained when A 

l' (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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~(VB,semi-localized) 

; {a(l) + ICb(l)Hb(2) + n(2)} + {btl) + n(l)Ha(2) + ICb(2l} (9) 

In Table 3-1, we report the results of calculations of the dissociation energy 

for H2, which use the above types of orbital wave-functions for H2• Because IAI for 

Eqn. (8) is calculated to be « 1 (for example, 0.105 or 0.265), the primary 

component for the H2 ground-state wave-function must be the Heitler-London wave

function. 

wave-function parameters De(eV) Re(ao ) 

{1sA(l) + 1sB( 1)}{ 1sA(2) + 1sB(2)} r; 1.0 2.695 1.61 

1; 1.197 3.488 1.38 

1SA(1)1sB(2) + 1sB( 1) 1SA(2) r; 1.0 3.156 1.64 

1; 1.166 3.782 1.41 

.A(1).B + .B(1).A(2) r;1s r;2p;1.19 4.04 1.416 

• ; 1s + \l2pz \l ; 0.105 

1SA(1)1sB(2) + 1sB(1)1sA(2) 1; 3.230 1.67 

+ A{1sA(1)1sA(2) + 1sB(1)1sB(2)} A 0.105 

r; 1.194 4.025 1.43 

A 0.265 

'A(l)~(2) + 'B(l).A(2) r; 1.190 4.122 1.41 

+ A{1sA(1)1sA(2) + 1sB(1)1sB(2)} A 0.175 

\l 0.07 

experimental 4.74759 1.4006 

Table 3-1 Simple wave-functions, dissociation energies and equilibrium 
internuclear distances for H2 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 sand Sz spin quantum numbers for two 

electrons. For Sz ; +1/2 and Sz ; -1/2, the spin wave-functions are designated as a 

and II respectively. A spin-orbital involves the product of a spatial orbital (e.g. 

ljIab 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 

ljIab(1)a(1) and ljIab(1)II(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), 13(1)11(2), {a(1)1I(2) + 

S(1)a(2)}/2~ and {a(1)1I(2) - 1I(1)a(2)}/2~. They have Sz (= sz(1) + sz(2» spin 

quantum numbers of +1, -1,. 0 and 0 respectively. Their total spin quantum numbers 

may be shown to have values of S = 1, 1, 1 and O. For S = 1, the electron spin 

orientations are parallel (i.e. H) whereas they are antiparallel or opposed (i.e HI 

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 anti symmetric spin wave-function, and vice versa. Each of the A---B bond 

wave-functions of Eqs. (5)-(9) is symmetric with respect to the interchange of 

electrons. Therefore they must be aSSOCiated with the anti symmetric spin wave

function {a(1)1I(2) - 1I(1)a(2)}/2~for which the electron spins are antiparallel. 

Thus we may write 

(10) 

and {a(1)b(2) + b(1)a(2)} )( {a(1)1I(2) - 1I(1)a(2)}/2~ (11 ) 

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 anti symmetric 

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

{a(1)b(2) 

[ 
a( 1 )a(2) 

x {a(1)1I(2) 

II (1)11 (2) 

+ 1I(1)a(2)}/2~ 

[ 
a( 1)a(2) 

b(1)a(2)} )( {a(1)1I(2) + 1I(1)a(2)}/2~ 

II (1)11 (2) 

(12) 

( 13) 

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 Eqn. (14). 

(14) 

Further consideration of the electronic structures of excited states is 

provided in Chapter 9. 
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3-5 AB IMPORTABT THEOREM 

We shall now deduce that, exc~pt for the presence of a multiplicative 

constant, the two S = 1 wave-functions of Eqs. (12) and (13) are entirely equiva

lent6 , 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 andk* both equal unity in the 

* bonding and antibonding molecular orbitals 1jIab and 1jIab of Eqn. (12). If we then 

* substitute 1jIab = a + band 1jIab = a - b into Eqn. (12) and multiply out the atomic 

orbital terms, we obtain Eqn. (15), thereby demonstrating the equivalence between 

Eqs. (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 

pro~erties of Slater determinantal wave-functions. 

-2{a(1)b(2) - b(1)a(2)} (15) 

* ~ * When the 1jIab and 1jIab are normalized to give 1jIab = (a + b)/(2 + 2Sab ) and 1jIab 

= (a - b)/(2 - 2Sab'f2, the multiplicative constant of -2 in Eqn. (15) is replaced by 

(1 - S!b)~. For the general orthogonal orbitals 1jIab = a + kb and 1jI:b = k * a - b, we 

obtain the identity of Eqn. (16). 

-(1 + kk*){a(1)b(2) - b(1)a(2)} (16) 

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

diatomic system, 

one antibonding electron 

+ two "non-bonding" electrons (17) 

one bonding electron 

provided that the two electrons have parallel spinst 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. ab is more anti bonding than, ab is bonding relative to the component 

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

t I f the two electrons have antlparallel spins, then the* spatial wave-function of Eqn. !1~1 for one 
bonding + one antlbondlng electron Is equivalent to !kk - 11 {aCllb(21 + b(lle(21} + 2{k a(lla(21 -
kb(llb(21} • 
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3-6 THE PAULING -3-ELECTROB BOND-

In 1931, pauling8 introduced the "3-electron bond" structure Ao ° oB as a way to 

summarize resonance between the Lewis valence-bond structures A: oB and Ao :B, i.e., 

he wrote A- • -B .: A: -B ++ A· m. 
In Fig. 3-2, the 1s atomic orbital occupations for A: oB and Ao :B are 

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

Figure 
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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 

or 
xo 
A 

x 
B 

x 
A 

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

electrons with the same spin cannot form a bon~ 
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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 ~ab = a + kb and ~ab = 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 Ao 0 oB, the molecular orbital 

configuration involves two bonding electron~ + one antibonding electron. This 

configuration may be written as (~ab)2(~:b)1. For this configuration, the contribu

tion to bonding by one of the two bonding electrons is cancelled by that of the 

antibonding electr9n; for two electrons with parallel spins, 1 bonding electron + 1 

antibonding 

1 * 1 (~ab) (~ab) 

electron" 2 non-bonding electrons according to Eqn. (17), or 

(a) 1 (b) 1 in which a and b are the atomic orbitals from which ~ ab 

* and ~ab are constructed. Therefore for the molecular orbital configuration 

2 * 1 t (~ab) (~ab) , we may write 

(a)2(b)1 + k(a)1(b)2 
( 18) 

thereby demonstrating that resonance between the valence-bond structures A Band 

i ii (with atomic orbital configurations (a)2(b)' and (a)1(b)2) is involved, just 

as it is for the pauling "3-electron bond" structure Ao ooB. Because the configura

tion (~ab) 1 (a) 1 (b) 1 involves only one bonding electron (namely, the electron that 

occupies ~ab)' and two non-bonding electrons, Green and Linnett9 in 1960 modified 

the !l3-electron bond" valence-bond structure and wrote it as A • Ii (or -A • B-) I 

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 Wab electron must 

be opposite to those of the a and b electrons. (This follows because only one of 

the Wab electrons of <Wab)2 (W :b) 1 can have the same spin as that of \Ii :b.) There-
• • X X 0 a 

fore, the electron spins of A 0 B may be those of either A 0 B or A X B, according 

* to whether the antibonding Wab electron has a +1/2 or -1/2 (5 Z ) 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 0 a, with 

one bonding and two non-bonding electrons, provides a "better and clearer diagrama

tic representation of the electron distribution,,10 than does the Pauling structure 

Ao 0 oB, and therefore we shall use the A 0 a 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 atom I c orb I ta lover I ap integra I s are inc I uded I n the norma I i zat i on constants for the mo I ecu I ar 

orbitals. See Section 3-10 for a discussion on the Inclusion of overlap integrals on the energies of 

Pau I I ng "3-e lectron bonds". 
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3-7 SLATBR DBTBRMINANTS AND THB PAULING -3-BLBCTRON BOND-

Al though 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 (lj/ab)2(lj/:b)1 ;: (lj/ab)l(a)l(b)l 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 H2' 

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., 

'I'(I,2,3, ••• i,j, •.• ) -'I'(I,2,3, ••• j,i, ••• ) ( 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. 

'I' (1,2) 'I'(l,2)space x 'I'(l,2)spin (20) 

For the ground-state of H2, antisymmetrized product wave-functions are given 

by Eqs. (21) and (22) (cf. Eqs. (10) and (11), with "'ab ;: als = sA + sB and 

a :: lsA ;: sA etc.) 

'I'(MO) als(1)als(2){a(1)8(2) - 8(1)a(2)}/2~ (21) 

'I'(HLVB) (22) 

These wave-functions may be expressed in determinantal form. Thus 'I'(MO) of 

Eqn. (21) may be written as Eqn. (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 Il or a spin wave-function. 

als(1)a(l) als(2)a(2) 

(23) 

als(1)8(1) a 1s(2)i!(2) 

_ lals(1)a(1)als(2)i!(2)1 lals;:;81 (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 Eqn. 

(25). 

V(HLVB) (25) 

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

columns are interchanged. Therefore 

(26) 

and (27) 

The identity of Eqn. (15) that eXists between the S = 1 configurations of Eqs. 

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

I a *al WabWab -

(28) 

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 

c b 

1 
25 

a + 6d 4a - d 

c + 6b 4c - b 

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

pertains, for which the identities of Eqn. (28) are particular examples. 

(29) 

Because a determinant has the value of zero if any two rows or columns have 

identical elements, the slater determinant form of the anti symmetrized product wave

function indicates immediately that two electrons with parallel spins cannot occupy 

the same orbital. Thus la1saa1sa l = 0 and Is~s~1 = o. 
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 Eqs. (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 (01s)2(o*1s)1 = (0)2(0*)1 ground-state 

* configuration of He; (Section 3-6). If we assume that the antibonding 0 1s electron 

has spin wave-function a, the He; waVe-function may be written in slater determinant 

form as: 

* o (1)a (1) 

( 30) 1 a a *81 
000 -/3"1 * o (2)a (2) 

* o(3)a(3) o(3)a(3) o (3)a(3) 

On expansion of this determinant, we obtain a linear combination of six functions, 

namely that of Eqn. (31). By interchanging the coordinates of any two electrons, 

this linear combination may be shown to be anti symmetric with respect to the 

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

+ o(3)a(3) lo(1)a(1)0*(2)a(2)1}!l3! (32) 

For each of the three 2 x 2 Slater determinants of Eqn. (32), the identity of 

Eqn.(28) pertains i.e. loa o *a I -2Is~s~l. Therefore, an equivalent expression for 

the slater determinant of Eqn. (30) is that of Eqn. (33). If the odd-electron of 

He; has spin wave-function a, then the identity of Eqn. (34) is appropriate. 

(33) 

(34) 

The identities of EqS. (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. 



43 

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 l/Iab = a + kb and l/Iab = k a - b, then by application of Eqn. (29) it may be 

deduced that 

x x 
A 0 B 

. 

(35) 

(36) 

thereby generating the pauling "3-electron bond" structure A • B. The constants k 

and k* may be related through the requirement that l/Iab and l/I:b be orthogonal. (If a 

and b are real normalized atomic orbitals, with overlap integral Sab' then the 

* * orthogonality relationship is (k - k) + (kk - 1)Sab = 0). We note that if we 

* * neglect Sab' then k = k. If AB is homopolar, then k = 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. 

2 * 1 If we add another electron to the molecular orbital confguration (l/Iab) (l/Iab) , 

2 * 2 we obtain the four-electron configuration (l/Iab) (l/Iab)' It is then easy to show 

that with respect to orbital occupations, 2 bonding electrons + 2 antibonding 

electrons are equivalent to 4 non-bonding electrons, i.e., (ljIab)2(ljI:b)2 :; (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 
xo xo .... X X 

electron spins opposed, i.e., A B _ A B or OA BO _ fA B:. 

3-9 VALBNCB-BOND STRUCTURES AND BOND PROPBRTIBS POR H;, H2 , He; AND 

He2 

The four simplest molecular system with valence-bond structures of the type 

A • B, A-B, i . it and A B for their ground state are H;, H2 , He; and He2' 

For each of these systems, we may use the 1s atomic orbitals to construct the 

bonding 01 sand antibonding 0* 1 s 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, 

together with the dis

sociation energies (De) 

and bond-lengths (Re ). 

Inspection of the va

lence-bond structures 

shows that the number 

H+ 
2 

H2 
+ He2 

He2 

(01s) 1 

(01s)2 

(01s)2(0*1s)1 

(01s)2(0*1s)2 

(H o H)+ 

H H 
0 

He)+ (He 0 

00 

He He 

n De Re 

1/2 2.79 1.06 

4.75 0.75 

1/2 2.60 1.08 

0 0 

of bonding electrons in 

each of them reflects 

the trends found for 

the molecular proper

ties. 

Table 3-2 Molecular orbital configurations, valence
bond structures, bond-orders, dissociation 

energies (eV; 1 eV = 96.4 kJ mol- 1) and bond-lengths 

(i, 11. = 10-10m) for H;, H2 , He; and He2• 

3-10 IRCLUSIOR 01' OVERLAP IRTEGRALS IR RORIIALIZATIOR CORSTARTS I'OR 
1l0LECULAR ORBITALS, ROR-BORDED REPULSIORS 

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 ~ab than stabilization for ~ab. The energies 

for these molecular orbitals are given by Eqs. (1) and (2), in which the coulomb and 

resonance integrals 0 and a are defined in Section 3-2 with a < 0 when Sab > O. 

~ab 
~ * (a + b)/(2 + 2Sab ) ~ab (37) 

When electrostatic interactions between the electrons are neglected, the total 

electronic energies for the pauling "3-electron bond" and the "no-bond" configura-
2 * 1 2 * 2 tions (~ab) (~ab) and (~ab) (~ab) are given by EqS. (38) and (39). From them it 

may be deduced that, relative to the energies of 30 and 40 when Sab = 0 at the same 

internuclear _~eparation, (~ab)2(~:b) 1 is antibonding11-13t if Sab > 1/3 and 

(~ab)2("':b)2 is antibonding14 if Sab > O. The latter result also pertains when 

f Beceuse the P8ullng "3-electron bond" structure A • B Is equivalent to ;: 
. .. . . 
A B. A 0 B Is 

stabilized relative to either of the component structures when the same Internuclear separation and 

atomic orbital overlap are l!Ipproprlate for each of the three structures. Using the molecular orbitals of 

Eqn. (37) to construct the ("'ab)2(",:~)1 configuration for;' 0 B. It may be deduced16 thl!lt the resonance 

stabilization energy (EtA 0 B) - EtA EIll Is given by (a - o%ba)/(J + o%b). This energy Is formally 

Identical to the constructive Interference energy for Hi (Section 3-2). 
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electrostatic interactions between the electrons are explicitly included in the 

energy calculation15 - at least for He2 and Ne2' 

(38) 

(39) 

The net antibonding character of (IjIab)2(IjI:b)2 ;: (a)2(b)2/(l - S!b) 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 separations15• The trans geometry 

of N2H4 and the non-planarity of H20 2 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 Sab' 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 ll-electrons that 

occupy a bonding molecular orbital in the lowest-energy configuration. If one of 

1 * 1 these electrons is excited into the anti bonding 11 orbital, then (llCC ) (ll CC ) 

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 2p1! atomic 

orbitals). This (llCC ) l(ll~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 obtaine~ 

(40) 

_ {a(1)b(2) - b(1)a(2)}/{2(1 - S:b)}~ (41) 

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 CH3-xXx radicals, 

with X = NH 2 , 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" C_o _][ involves two competitive overlap effects, namely a tendency for 

stabilization of planar CH2-X when the overlap is small, and a tendency for 

stabilization of non-planar CH2-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-ORDBRS 

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 (lj/ab)1, 

(lj/ab)2, (lj/ab)2(lj/:b) 1 and (l/I a b)2(lj/:b)2 configurations, the atomic orbital charges P aa 

and Pbb' and the A-B bond-order P ab are then easily calculated from Eqs. (42) and 

(43), in which cia and C ib are the atomic orbital coefficients and n i is the 

occupation number for the ith molecular orbita119• The resulting charges and bond

orders are reported in Table 3-3. 

(42) 

(43) 

P aa Pbb Pab 

(lj/ab) 1 1/ (1 + k 2 ) k 2/(1 + k 2 ) k/(1 + k 2 ) 

(liI ab ) 2 2/(1 + k 2 ) 2k2/ (1 + k 2 ) 2k/( 1 + k 2 ) 

2 * 1 (liI a b) (lj/ab) + 1/(1 + k 2 ) + k 2/(1 + k 2 ) k/( 1 + k 2 ) 

2 * 2 (liI a b) (liI ab ) 2 2 0 

o 0 

Table 3-3 Atomic orbital charges and bond orders for A 0 B, A-B, A 0 Band .. .. 
A B. 

For the pauling "3-electron bond" (A 0 B _ A Ii ++;. i), we may write 

(liIab)2(IiI~b)1;; (a)1(liIab)1(b)1;; {(a)2(b)1 +k(a)1(b)2}/(1 +k 2 )\ from which it may 

be deduced that the weights for the component structures i o 0 

B and A 
00 

Bare 

1/(1 + k 2 ) and k 2/(1 + k 2 ). These weights correspond20 to the odd-electron charges 

for the b and a atomic orbitals of i 0 i, which arise from single occupancy of the 

antibonding l/I~b orbital in ("'ab)2(IiI~b)1. 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 DIATO"IC MOlECULES 

4-1 MOLECULAR ORBXTAL CORPXGURATXORS POR BOMORUCLEAR DXATOMXC 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 Linnett 1 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 (:; pz) 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 to two electrons. If 

only two electrons are to be allocated to a pair of degenerate molecular orbitals 

* * (for example, the antibonding 'IIx and 'IIy molecular orbitals of 02)' ~hen the lowest-

energy arrangement for these electrons occurs when each orbital is singly occupied 

with parallel spins for the two elec-

Q) Q 
• • 

0 ~ 7' QQ) 
• 0:::5 0 0 ~ 

• • 

c::::::J 
Figure 4-1 S;hematic conto~rs for o2p, 

o 2p, 'IIx and 'IIx molecular 
orbitals. 

"'1 

trons. In Table 4-1, we have listed 

the valence-shell molecular orbital 

configurations for the ground states of 

a number of homonuclear diatomic 

* o 2p 

* * 
'lrx 'fry 

02p 

'frx 
'fry 

* o 25 

025 

Figure 4-2 Energy levels for n = 2 
homonuclear molecular 
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. 

For Li2 and Be2' 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 Li2 , the diatomic molecule 

Be2 does not exist as a stable species. For N2 and F2 , we obtain the Lewis octet 

structures (namely :R:::R:and :p--r:) from the molecular orbital configurations. 

These structures have triple and'~in;;e bonds respectively. _,The pe~~xide anion O~-
( ~. .. 

is isoelectronic with F2 , and its valen~e-bond structure :O--o:also involves a 

single bond. The bond-lengthst for F2 and O~- are 1.43 and ·;.48·i - both of which 

are appreciably longer than the 1.10 A for the triple-bonded N2• These lengths for 

the single-bonds of F2 and O~- are also much shorter than the 2.67 A for the single

bond of Li2 • 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 Li2 

and 2pa for F2 and O~-. 

o· 2 

0+ 
2 

0-
2 

Table 4-1 

U2S U2p U*2P n 

2 

2 

2 

2 

2 

2 

2 

2 

2 

2 o 

2 

2 2 2 2 

2 2 2 2 3 

2 2 2 2 2 

2 2 2 2 2 2 

2 2 2 2 2 2 

2 2 2 2 1 2.5 

2 2 2 2 2 1.5 

U-Li 

:Be Be: 

:B x 
x B: 

:c==c: 

x 0 x 
:0-00 : 
x x 
.. .. 

:0 0: 
(-) (-) .. .. .. .. 
:0-0: :F-F: .. .. 

{+~) (+~) 
x ° x :0==0: 

(-~) Ht,) 

·0-0· 
'x ° x' 

.. .. 

Molecular orbital configurations and valence-bond*structures*for+diatom~c 
molecule ground-states, and an 02 excited state (02)' (For 02' 02 and 02' 
degenerate configurations are not reported here. See also Fig. 4-3). 

------
t Bond-lengths for dIatomIc specIes are teken from Ref. 2. 



50 

Molecular oxygen has 12 valence-shell electrons. The ~,round-state molecular 

* * orbital configuration involves single occupancy for the degenerate Vx and Vy 

antibonding molecular orbitals, with parallel spins for th'~ two electrons as is 

shown in . . 
:'?+~:, 
numbers), 

Fig. 4-3. The resulting valence-bond structure (If Table 4-1, (namely 
x x 

or :O~O: if the two antibonding v-electrons have sz= +~ quantum 
x 0 x 

has a double bond which consists of an electron pail:- a-bond + two Pauling 

"3-electron v-bonds". This type of valence-bond structures shows more clearly than 

does the pauling structure of Figure 2-1, (namely :OmO:), that the double bond of 

02 involves only four bonding electrons. 

The 0-0 bond-length of 1.207 A for the 02 ground-state is similar to the 

standard N-O and C-O double-bond lengths of 1.21 A for each of CH3N= ° and H2C= 0, 
o 0 

and intermediate between the single and triple bond-lengths oj: 1.43 A and 1.10 A for 

F2 and N2· 

In Table 4-1, the valence-bond structures for 0;, 02' 0:2 and O~- have 2~, 2, 

1~ and 1 covalent bonds respectively, which reflect the trend observed for the bond-
o 

lengths, namely 1.12, 1.21, 1.30 and 1.49 A. The molecular orbital configuration 

and valence-bond structure are also reported in Table 4-1 for iin 02 excited state in 

which one of the antibonding v* molecular orbitals is doubly-occupied and the other 

is vacant. The valence-bond structure for this state, namely :0-0:, involves a 
o 

standard double bond, i.e., electron pair a- and v-bonds. Its bond-length of 1.22 A 

is slightly longer than that of the ground-state. The paramagnetism of the ground

states for 02' 0; and o~, which is a consequence of the presence of unpaired spins 

(i.e. S = 1 or ~ I, 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 v* electrons are displayed, together with a more complete 

formulation of the wave-functions for these two electrons. 

-ft--

71*(1)71*(2) x x 

-tr--

+ 

+ 

71* (1)71* (2) 
y y 

--H-

71* (1)71* (2) 
y y 

--tt-

Figure 4-3 (v*)2 configurations. 

71*(1)71*(2) + 71*(1)71*(2) 
x y y x 

++ 
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The heteronuclear species CN-, CO and NO+ are isoelectronic with N2 , and 

therefore their molecular orbital configurations and valence-bond structures should 

be similar to those for N2 , 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:::O: and :N:::O: 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 

CN-, N2 and NO+ 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=O 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 0 

Ais only 0.08 A shorter than the length of a C===O double bond, and this suggests 
(-) (+) 

that valence-bond structures such as :C===O: and :C===O: as well as :C:::O: 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 

+ . 2 2 2 2 2 *1 as that for O2 ; that for SN may be wrl.tten as (as) (o*s) (op) (1Tx) (1Ty) (1Ty) with 

the sulphur atom using its 3s and 3p orbitals to form the molecular orbitals. 
(-1:1) (+1:.) (+~) (-~) 

The resulting valence bond structures for NO and SN are :H~O: and :S~N:, 

each of which has a pauling "3-electron bond". The NO bond-length of 1.15 A is 

intermediate between the lengths of 1.06 and 1;21 A for the N-O triple bond of NO+ 

and the double bond for CH3N=O, and the pauling "3-electron bond" structure for NO 

there are five bonding electrons in 
(-~) (+~) . . . :R=O:. is in accord with this observation; 

o o 
(+) 

The bond-length of 1.50 A for SN is longer than the 1.44 A thereby 

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

structure :S=N:. 
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Each of S2' SO and NO- has 12 valence-shell electrons. As occurs with the O2 

* * ground-state, the degenerate antibonding llx and lly orbitals f,:>r these molecules are 

singly-occupied in the ground-state, with parallel spins for the two electrons. 
~OX XOX XOX 
:~o-~:' :~-o~:' :~o~: Therefore, the O2 , S2' SO and NO- valence-bond structures 

(-)X ° X 
and :N-00: are similar, each having two pauling "3-electron bonds" and a bond-order 

X X 0 

of 2. The bond-lengths for SO and S2 are 1.48 and 1.89 A. 
o 0 

For NO-, the estimate of 1.268 A for its bond-length is longer than the 1.21 A 

for the N-O double-bond of CH3N=O; the reason for this appreciable bond-length 

difference is not apparent. 

4-7 CIO AND FO 

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

CIO ground-state is (OS)2(o*s)2(op)2(llx)2(lly)2(1l:)2(1l*)l, from which the valence-
(~~) (x~) y 

bond structure :Cl~O: may be generated with three bonding electrons. The CIO .. .. 
bond-length of 1.55 A is appreciably shorter than the Cl-O single-bond length of 

o 
1.70 A for Cl2 0, thereby reflecting the significant development of a pauling 

"3-electron bond" for one set of ll-electrons for CIO. Dimers of CIO are known, one 

of which involves a weak bond between the oxygen atoms (Section 11-7). For FO, the 
(+~) (x~) 

valence-bond structure :~~O: may be similarly generated from its molecular orbital .. .. 
configuration. However, in contrast to what occurs for C1202, the dimer F202 has a 

o 
strong 0-0 bond whose length of 1.217 A is almost identical to that of the double 

bond for 02 (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 
00 0 

structure :"---9.: 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 0 B increases, the stability of the bond decreases. 

For the radicals CIF2 and SF3 , valence-bond structures may be constructed by 

bonding a fluorine atom to the Lewis octet structures for elF and SF 2. This 

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



.. 
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-== 

(-%) . . 
:F: . 

: (+%) •• 
:CI-F: .. .. 

(-%) .. 
:F: . 

It is assumed here that a chlorine or sulphur 3pw orbital is used for the 

a-bonding in the Pauling "3-electron bond" to form 90 0 bond angles. Distortion of 

these angles away from 90 0 leads to spr hybridization for these orbitals. For 

ClF 2 , a bond-angle of 149 0 has been recently calculated4 using molecular orbital 

procedures - an experimental estimateS for this angle is 136 ± 15 0 • However, from 

e.s.r. measurements, Morton, Preston and strach6 have concluded that SF3 is a planar 

a-radical with two equivalent fluorine atoms. The resulting valence-bond structure 

is then the planar version of that displayed above. More recently, Kiang and zare7 

have described pauling "3-electron bond" theory for SF3 and SF5 , and assumed that 

SF3 is non-planar. 

For a number of polyatomic systems with diatomic pauling "3-electron bonds", 

Baird has described some interesting applications of Pauling "3-e.lectron bond" 

theory8,9. We shall describe two of them here. 

For the reactions NH3 + NH; + H·, N2H4 + N2H; + H· and N2H2 + N2 H· + 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 NH2 located in a nitrogen atomic 

orbital. However, for each of N2H; and N2Ho' 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: 

••• (t) (;) (+~) (;;) 
BR=1I1 ++ BR=II: ;; BR...!-.II: 

The N2H; and N2 H· radicals are thereby stabilized relative to B2ii--!B and 

aN===_: as dissociation products, with the odd electron located in only one nitrogen 

atomic orbital. Consequently, the N-H dissociation energies for N2H4 and N2H2 are 

smaller than for NH3• 
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If the electronic structure for the ground-state of HN2 is represented as 
(~) (-~) 

aR~i:, then the breaking of the N-H bond would generate an excited state of N21 

(+~) (-~) (+~) (-~) 

i.e. d-=-_: Be + eN..!...._: . 
TO obtain the N2 ground-state (:W:::W:) as a dissociation product, it is 

necessary to consider anotber configuration for N2H', namely that obtained when the 

antibonding N-N ~-electron of aN • a: is transferred into the antibonding N-H 

o*-orbital which is vacant in this structure. The molecular orbital configuration 

(+]) (-;~) 2 2 * 1 
for the relevant electrons of BH"":"W: is '1'1 = (oNH) (~NN) (~NN) • * When the ~NN 

electron is transferred 

(ONH)2(o;H) 1(~NN)2 is obtained. 

(-~) (+~) 

into the orbital, the configuration '1'2 = 

The latter configuration generates the valence-bond 

. . 
structure B' W:::W: with an N-H pauling "3-electron bond". This structure can . 
dissociate to generate B + :W==W:. 

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 'I' = C1'1'1 + C2'1'2' When r(N-H) is close to the equilibrium bond

length, Ic 11 » Ic21. As the N-H bond is stretched, the N-H overl,ip integral is reduced 

* in magnitude, and therefore the vacant 0NH orbital of '1'1 becomes less antibonding. 

This enables the energy separation between '1'1 and '1'2 to become smaller, thereby 

reducing the magnitude of C 1/C 2 • For large r(N-H),lc 21 »lc 11, i.e. '1'2 is the 

predominant configuration, which leads to the formation of B' + :W==N: as dissocia

tion products when r (N-H) = 00. The reaction is calculated to be exothermic, but a 

kinetic stability is associated with N2H' because energy is r'~quired to stretch the 

N-H bond of configuration". 
(-) (+) 

Similar types of descriptions of the dissociations ROO R' + :C:::O: and 
(-) (+) 

CB2 CO CB2 (S = 1) + :C ==0: have also been described by Baird9 • 
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CHAPTER 5 
PAULING '~-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 HYPOLIGATBD AND HYPBRLIGATBD TRANSITION MBTAL COMPLBXBS 

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 3dx2_y2, 3dz 2, 3dxy ' 3dxz ' 

3~z' 4s, 4px' 4py and 4pz orbitals; contours for 3d orbitals are displayed in Fig. 

1-1.) pauling1 has classified transition metal complexes of the general type MIw 

(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 o-bonds. Thus the isoelec

tronic ions c03 + and Fe2 + of [CO(NH3 )6J 3+, [COF6J 3- and [Fe(H 2 0)Gl 2 + have (3d)6 

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 zer0 1 for [CO(NH3 )Gl 3 +, it is necessary to assume that the three t 2g 

orbitals (dxy ' dxz ' and dyz ) of c03 + are doubly-occupied(Fig. 5-1(a»,thereby 

generating a low-spin (s = 0) complex. The vacant e g orbitals (d,.z_yZ and dzz) and 

the 4s and 4p orbitals may be hybridized to form six octahedral (d2sp3) 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 c03+ 

to form six electron-pair Co-N bonds, [CO(NH3 )Gl 3+ may be classified as a 

hyper ligated complex. 

Isoelectronic [Fe(H 20)Gl 2+ and [COFGl 3- are paramagnetic complexes with 

magnetic moments of 5.3 Bohr magnetons 1; the "spin-only" formula for the magnetic 

moment In(n + 2) generates a magnetic moment of 4.9 Bohr magneton when the number of 

unpaired-electron spins ~) 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 Fe2 + and C03 + 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(H20)~ 2+ and [COF~ 3- has insufficient valence-shell orbitals to form six 
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la) C03+ (8 = 0) 
r-----------~.~-------,____, 

-3d lt2 >--3d (e ~ 4s .'--44p--
9 9 

lululul I I I [J 
L·· L·· t· 1:- L·· L·· 

(b) Fe2+ (8 = 2) sp3d2 hybridization 

lultltltltl 
~. t:-. t· t e L·· 

d2sp3 hybridization 

Lee 

(c) Fe2+ (8 = 2) 

r-------------------------, 
4s -4p--

lultltltltl 
L- L·· L·· L·· 

(d) C02+ (8 = 3/2) d2sp3 hybridization r-____________ Aft ________ ----, 

-3d lt2gJ ---3d leg)'" 4s -4p--

lulUltltltl 
L .. L- L- Le • L" L· 

(e) Fe3+ (8 = 5/2) d2Sp3 hybridization 
r-------------------------, 

4s -4p--

Itltltltltl 
Figure 5-1 orbital occupancies for some transition-metal ions (L ligand). 

electron-pair bongs between the Fe2+ and c03+ and the ligands, these complexes are 

classified as hypoligated complexes 1• 

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

sometimes used to describe the metal-ligand a-bondin~: 

(i) The outer 4dx2 _y2 and 4d z2 orbitals are hybridized with the 4s and 4p 

orbitals to form six octahedral (sp3d2) hybrid orbitals as shown in Fig. 

S-l(b). These hybrid orbitals may be used for coordination with the six 

ligands to form six electron-pair M-L a-bonds as in valence-bond 

structure (2). This approach may be criticized, becaus,e 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 41' orbitals, when suitably hybridized (i.e. as sPx' Py' 

and Pz, SPy' Pz and Px' and sPz, Px 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 a-bonds. 

L L = NH3 

L -..,,:..l-i""" L 
- Co 

L?t~L 

L L = H20 

L~lx<L 
Fe • 

L......-'xtx~L 

L L = H20 

L~~>YL 
xFe 

L: --t x :L 

L L L 

( 1 ) (2 ) (3) 

In contrast to what obtains for the above valence-bond descriptions of 

[CO(NH3 )6J3 +, [COF6J 3- and [Fe(H20)6J2 +, the simplest molecular orbital descriptions 

for both complexes use the same set of metal-ion orbitals for bonding, namely the 

inner 3d x2 _ y2 and 3d z2 orbitals as well as the 4s and 4p orbitals. For 

[CO(NH3 )6J3 +, the six non-bonding t 2g orbitals are doubly occupied and all molecular 

orbi tals that are M-L antibonding are vacant. By contrast, two antibonding M-L 

molecular orbitals and two t 2g orbitals are singly-occupied for the LCOF6 J 3 -

complex3• The atomic orbitals for these molecular orbital schemes have also been 

used in the above valence-bond description for [CO(NH3 )6J3 +; they may also be used 

to provide a valence-bond description for [COF6 ]3- or LFe(H 20)6]2+ if we avail 

ourselves of Pauling "3-electron bonds,,4. 

For the purpose of bonding to the NH3 ligands of [CO(NH3 )6 J3 +, the co3 + is 

assumed to form six d2 sp3 hybrid orbi tals from the 3dx 2_y 2, 3dz 2, 4s and three 4p 

orbitals. For [Fe(H 20)6 J2 +, we allow the Fe2 + to form a similar set of hybrid 

orbitals. However, in contrast to what is the case for co3 + in lCO(NH3 )6J3 +, two of 

these orbitals for Fe2+ 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 

between the Fe2+ and four H20 ligands. The two singly-occupied d2sp3 orbitals are 

available to form two pauling "3-electron bonds" when these orbitals overlap with 
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\2J r.-G\ / \2j ~ " 
0 .. ~e· .. 0'/ 
e ~ &\2:0"'" 

(a) (b) 

Overlap of metal-ion and ligand atomic orbitals for a- and v-type 
pauling "3-electron bonds" of [Fe(H20)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 FeOH2 linkages, namely Peo :OB2 and 

resonance between them generates a Pauling "3-electron bond". Thus, 

Pe: 0082 and 

we may write 

(-) (+) 
Peo :082 ..... Pe: 00B2 _ pe .. o082 or p~ 0 0s2. The resulting valence-bond 

structures for the [Fe(H 20)6]2+ complex are of types (4) and (5), in which the 

singly-occupied orbitals have (sz) spin quantum numbers of +1/2. Altogether, there 

are 15 valence-bond structures that differ in the locations of the Peo 0 00B2 and 

pe4--0B2 linkages, and all will contribute to the valence-bond resonance description 

of the comple~ Similar types of valence-bond structures are also appropriate for 

[COF6]3-. 

L L=H20 

L~l~L 
x Fa 

LX 0 .. t X 0 XL 

L 

(4) 

L 
X 

° L ___ •• x~L 

~F~~ 
L 0 L 

X 
L 

(5) 

5-3 MBTAL-ION SPIN-STATB AND MBTAL-LIGAND BOND-LBNGTBS 

The nature of the spin-state of the metal ion may be reflected in the metal

ligand bond-lengths of the MLN 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 (3d)6 and high-spin (3d)7 configurations for the Co3+ and Co2+ . . 
ions. The Co-N bond-lengths for these complexes are 1.94 A and 2.11 A 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 a-bonds, as in (1). 
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For the high-spin Co(II) complex, the orbital occupations for co2+ displayed in Fig. 

5-1(d) require that six NH3 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 a-bond order of 5/6 is in 

accord with the longer Co-N bonds for this complex relative to those of low-spin 

[CO(NH3 )6]3+· 

L L = NH3 

L~~.~L 
xCo x 

° t ° LX·· XL 

L 

~L L = H20 

xo ! xo 
L~~L 

° -f.; Fe :.I( ° 
Lt;. ° "1-,.'" ° : L 

~L 

(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-O bond-lengths7 of 2.12 A are similar to those of high-spin [CO(NH3 )6]2+. By 

contrast, the Fe-O bond-lengths8 of 1.99 A for high-spin [Fe(H20)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 a-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 Fe2 + 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 t 29 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-O TT-bonds, and thereby 

increase the Fe-O bond-orders above the value of 5/6 that pertains for the 

a-bonding. In the [Fe(H 20) 6] 3+ valence-structures these TT-bonds should be best 

developed between pairs of atoms that are linked by pauling "3-electron bond" 

a-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 

TT-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 TT-bonding, it is not surprising that the Fe-O bond-lengths for [Fe(H20)J 3 + are 

longer than the estimate9 of 1.92 A for the length of an Fe-O a-single bond. For 

the Co(II) and Co(III) complexes, the NH3 ligands have no lone-pair electrons 

available for Co-N TT-bonding. 
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5-4 INTERCONVERSION BETWEEN BYPOLIGATED AND BYPERLIGATED ELECTRONIC 
STATES 

The pauling "3-electron bond" theory of hypoligation has very wide applica

bility. All d4 _d9 transition-metal complexes of the type MIy 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 sand p orbitals available to form 

N electron-pair M-L a-bonds with the N ligands. In Table 5-1, we have classified 

the d4_d9 octahedral ML complexes according to the spin-states of the transition-
6 

metal ions,and 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 t 2g electrons into 

* antibonding a ML orbitals that are vacant in the hyperllgated ground-states. In 

Section 3-6, we have deduced that two bonding + one antibonding electron (i.e. 

2 * 1 (a ML ) (a ML) here) is the molecular orbital formulation of a pauling "3-electron 

bond". conversely, a a~L + t 2g excitation will convert4 high-spin d4 and inter

mediate-spin dS and d6 octahedral complexes (each of which has one pauling "3-

electron bond") into hyperligated excited states. 

configuration 

d4 

d5 , d6 , d 7 , dB 

d 5 , d6 

"d7 

d 9 

nmnber of bonds 

spin-state electron-pair "3-electron" 

high (8 = 2) 

high (8 = 5/2, 2, 3/2, 1) 

intermediate (8 = 3/2, 1) 

low (8 = 1/2) 

(8 = 1/2) 

5 

4 

5 

5 

4 

2 

Table 5-1 Metal ion configurations and M-L a-bond types for ML6 complexes that can 
'involve pauling "3-electron bonds". 

5-5 METAL-LIGAND .-BONDING AND PAULING -3-ELECTRON BONDS-

A number of paramagnetic transition metal complexes must involve pauling 

"3-electron bonds" for the lI-electrons only. We shall consider one example here, 

namely the Fe(VI) tetrahedral anion FeO~-. This anion may be considered to involve 

Fe6 + (3d)2 bonded to four 0 2 - ligands. In a tetrahedral enVironment, the lowest

energy 3d orbitals are ~y and ~z' which are degenerate. Consequently, the (3d)2 

configuration of lowest energy is an S = 1 state, with the two electrons occupying 

these orbitals with parallel spins. Magnetic susceptibility measurements10 support 

this assignment of an S = 1 spin-state for FeO~-. 
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The remaining seven valence-shell orbi tals of Fe2 + are vacant, and they are 

available for coordination with the 0 2- ligands. Tetrahedral hybridization of the 

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

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

2pii) orbitals of the 0- with the vacant e g orbitalst , to give valence-bond struc

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

dyz orbitals and the formal charge on the Fe is zero. Zero formal charge on the Fe 

may also be obtained by forming one Fe-O electron-pair w-bond and two pauling 

"3 -electron bonds" of w- or ii-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-O bond-lengths of 
o 12 9 0 

1.656 A (as in K2Fe04) are much shorter than the estimate of 1.92 A for the 

length of an Fe-O single bon~ 

H .. 
:0: 

xl (+21 
H •• ~Fte~ .. (-1 

•• C!. .C!: 
·0· ••• ·(-1 

(9) 
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CHAPTER 6 
PAULING ~-ELECTRON BONDS·, 5-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. 

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-O bonds of N0 2 has 

a length 1 of 1.19 ;. and the O-N-O bond angle is 1 134 0 • 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 

N02 (0) 0.52(a) N<1- (1r) 0.80(b) 

co; (0) 0.65(b) C102 (1r) 0.59(a) 

BF2 (0) 0.93 (c) NF2 (11) 0.95(a),0.77(d) 

03 (0) 0.58(b) PF2 ('If) 0.91 (d) 

SO'2 ('If) 0.74(b) PC12 ('If) 0.81(d) 

Table 6-1 E.s.r. estimates of A-atom odd-electron charges (PA) for AY2 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 PA + 2Py = 1 with the PA given in this table. 



64 

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 2pw 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 N02 and °3, 

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. 

(-) 
00' -0-· 000 ··0· 000 

\ (+1 \ 0\ 
(+1 

~\ 
No ---- N: ----- No -- N: 

,,/ 0/ ! 1/ 
0.00 :p. \0._ .. q. 

o 1-1 
(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) generates2 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. i 0 B instead of Ao 0 oB) we obtain valence-bond structures (7) and (8) 

for N02• If we assume that the odd-electron has an Sz spin quantum number +1/2, the 

Green and Linnett valence-bond structures become those of (9) and (10). 
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•• •• (-%) 
·0· ·0 

\ (+%) • \. (+%) 
N N 

·0\ :0·(-%) 

\. (+%) • \ (+%) 
N· ...--. N· .!. ~ II 

·0 O· •• (-%) ••• 

! II 
:p. (.%) ·P.· 

(5) (6) (7) (8) (9) (10) 

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 N02 , 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 A are intermediate between 

those for NO; (1.15 A)4 and NO; (1.24 A)5, as are the bond-angles (N02 , 134°; NO;, 

180°; N02, 115°). The NO; and N0i 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 N0 2 valence-bond 

structures (7) and (8) (or (9) and (10» each have seven N-O bonding electrons. 

Thus, as one proceeds from NO; to N0i, 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 NO; to 1.5 for N02, to 2 for NO;. 

(+) 

(12) 

(+) 

:O---N=O: --- .. 
(+) (+) (-) .. 

......... :O==N--O: .. 

( 11) 

(-) (+) (+) 

......... :O--N==O: . . 

One N02 bond-property is not accounted for by 

means of the Pauling "3-electron bond" structures (7) 

and (8) (or (9) and (10». The N-O bond-lengths of 

1.19 i are similar to pauling's estimate of 1.20 A for 

an N-O double bond (c.f. 1.214 A for CB31f 0)6. 

However, resonance between structures (7) and (8), each 

of which has seven bonding electrons, would imply that 

the N-O bonds for N02 should be longer than double 

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

to utilize the" increased-valence" procedurest 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; ABD BF2 

The anion CO; is isoelectronic with N02• E.s.r. measurements (Table 6-1) 

indicate that the odd-electron of CO; is more located on the carbon atom than is the 

odd-electron of N02 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 CO; (with the odd-electron located on the carbon 

atom) make a larger contribution to the ground-state resonance than do (1) and (3) 

for N0 2• 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). 

-0-· 

\. 
.. / 
•• 01 (-) 

( 13) ( 14) ( 15) ( 16) 

~O.65) 

-0·· eO-
'\ (-0.35) •• \ ~O.35) 

C· ~ C· 

;. I 
10 0 
••• ~.65) ·.1 

(17 ) ( 18) 

The BF2 radical is also isoelectronic with N02• E.s.r. studies of BF2 locate 

the odd-elect~on 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 BF2 radical. 

(cont I nued from prev i ous pege) pr I mery ve I ence-bond structures that. locate the odd electron on the 

N 
nitrogen atom of N02• Another velence-bond structure, name~ / •• \. ~Ith a "long" 0-0 bond, elso 

.. O ... __ .... tj. 
locates the odd electron on the nitrogen atom. The absence of atomic formal charges for It suggests that 
It may also be an Important valence-bond structure, and the results of quantum-mechanical valence-bond 
calculatlons7 lend support to this hypothesis. In Section 11-8, "Increased-valence" structures are 

described for N02 ; these structures summarize resonance between seven Lewis structures, five of which 
are (1 )-(4) and th I s "long-bond" structure. 
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(+1 (+1 .. . . .. 
• F .F· .\ .\ 
~ B:{-) ~ Bt' 

.f .f 
:[: :F . 

• (+1 
(19) (20) (21) 

6-3 ~RZA~OMZC RADZCALS .Z~H 19 VALBRCB-SHBLL BLBCTRORS: Oi, Soi, RP2 

ARD CI02 

Valence-bond structures with Pauling "3-electron bonds" are also appropriate 

for a number of radicals with 19 valence-shell electrons8• As our first example, we 

shall examine the bonding for the anion 0 3, 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 2pK-type atomic orbitals of Fig. 6-1. 

(-) (-%1 
•• lit .-:\ • .0 .0 

\ (+%1 '\ (+%1 
·0: -0: 

.1 '-'./ 
·R· (_%1 :p .. (-) 

(22) (23) 

" (-) '0' 

•• \ (+1 

-0: 

.f 
:.0: (-) 

(24) 

.' . O· .\ 
......... :0: 

.f 
:'0: (_I 

(25) 

. (-) 
'0' 

"" +---+ :0: 

:.1 
(26) 

A similar valence-bond representation pertains for the anion soi, with a 

sulfur atom replacing the central oxygen atom. It is also appropriate for the anion 

NO~-, when N(-') replaces 0(+') in (22) and (23), and Nand N(-) replace the 0+ and 

(central) 0 atom of (24), (?5) and (26). Formal charge considerations suggest that 

the odd-electron should be more located on the terminal oxygen atoms of 03 and Soi, 
than it is for NO~-, 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 NF2 and PF2, 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 BF2, 
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little development of the pauling "3-electron bonds" is expected for NF2 and PF2' 

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. 

:-F·· 
(+) :-F·· ·-F' .\ .\ 

H .\ (-) 
-A: III .. :A: III .. :A: 

,I .f / 
_.F._ :.F .. :.~. 

(+) 
(27) (28) (29) 

For Cl02, 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 C102 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. 

(-) (-%) . ' .' . (-%) .' . :0-· .. 0 .0' .0' .\ 
(+3/2) \ (+3/2) \ (+%) \ (+%) 

·el: .-...... ·el: .el: ......-. ·el: 

.1 .f ! .1 
·R· :p: :9: '0 '. 

1-%) (30) 
(-) 

(31) 
(-%) 

(32) (33) 

6-4 3-CEII~RE MOLECULAR ORBJ:'J!ALS AIID PAUL.J:IIG ·3-ELEC~ROII BOIIDS· 

If we designate the three atomic orbitals of Fig. 6-1 for N02 as y, a and b, 

then we may construct the de localized molecular orbitals of Eqn (1) from them, for 

which k1 and k3 are constants, both> 0 and related through the requirement that '1 

and '3 must be orthogonal. (These molecular orbitals are formally identical to 

those of Section 2-3). 
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'1 = (y + b)/2 + k 1a , 
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, 
'2 = (y - b)/2 , (1 ) 

With respect to each pair of niurogen and oxygen atoms, molecular orbitals '1' 

'2 and '3 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 '1 and '2 are doubly-occupied, and '3 is singly-occupied. The molecular 

orbital configuration for the 5-electron 3-centre bonding unit is then 

('1)2('2)2('3)1. We shall now deduce9 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 

( '3 ) 1 ---n --~""""'fl-

2 n-- ('2)2 
(, 1 ) -V A B --

when Y and B are equivalent atoms. 

xo 
V 

x 
A 

x x 
o B'-"-'V 0 

x 
A 

ox 
B 

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

show that the molecular orbital configuration (W1)2('2)2(W3)1 may be expressed as a 

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

for the Lewis structures Y 
. .. .. .. 
A B, Y A is and Y .. 

A 

resonance between the pauling "3-electron bond" structures Y 
is equivalent to resonance between Y i i, y i it and i 

.. 
B. . 

A • .. 
A 

This is because 

it and i . . .. 
• A B .. 

B. We may write 

('1)2('2)2(W3)1 as w~w~'~'~'3, in which a and a are the spin wave-functions for 

electrons with Sz spin quantum numbers of +1/2 and -1/2, and the odd-electron is 

assumed to have Sz +1/2. By substituting the L.C.A.O. 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 

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 Sz 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 03, soi, C102 and other isoelectronic 

speCies, the pw-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) (with y, a and b;: pIr), and the lI-electron 

configuration for the 5-electron 3-centre bonding is (W1)2('2)2('3)1, 
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6-5 SOKB TBTRA-ATOKZC RADZCALS 

The isoelectronic radicals N03 and eoj with 23 valence-shell electrons, are 

predicted to be planar 1 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 e-o 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. observations10 that the odd-electron for either N0 3 or eoj 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 

11(+) 
:o...,.....N"d . . ~ -.-

(-) 

(+) 
10 
1(+) 
N· .. /'" ............. ~ •• 0.. ..0 .. 

(-) (-) 

(36) 

(34) 

(37) 

(35) 

•• (+) 

1 .. /,~ .. q. _.0._ 

.. 
:0-, , '\\ 
C· , .. / " . _.0.. .p._ 

(-) (-) (-) 

(38) (39) 

By contrast, the radicals NO~-, po~-, 803 and el03 with 25 valence shell 

electrons, have been found to have their odd electron delocalized over all atomic 

centres 1 0. For these radicals, pauling "3-electron bonds" may be developed without 

reducing the number of A-O (with A:: .P, 8 or el) bonding electrons. Thus we may 

write 
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• (+%) 

./r, .. 
-.q. .1 .9: 
(-%) ·.9: (-) 

CI (+5/2) 

.:q~J ":9: 
H :g: (-%) 

H H 

(40) (41 ) (42) 

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 i 0 to the pauling "3-electron bond" 
••• ••• 2-

resonance A 0 ++ A 0 as one proceeds from P03 to Cl03• This is reflected in 

the values of the P, 5 and Cl odd-electron charges, namely (Ref. (a) of Table 6-1) 

0.68,0.58 and 0.36. For NO~-, the nitrogen odd-electron charge is 0.81. As is the 

case for Cl02 (Section 6-3), the possibility exists that sulphur and chlorine 3d 

orbitals may participate significantly in bonding for 503 and Cl03• 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 wi th the prediction that these 25 valence-electron radicals are 

non-planar 10. 

(+%) (+%) 
(+%) . . 

S CI N 

./I~q: .. o(/I\p: (+~)/j" 
.CI. CI :9- 0: • • CI 

H .. (-%) 
(-%) (43) (44) (45) 

Group- (V) trihalides are isoelectronic with Po~-, SO~- and ClO;. Photo

electron spectrum studies permit features of the electronic structures of different 

states for the singly-charged cations of the trihalides to be examined11 • If a non

bonding electron is ionized, a Pauling "3-electron bond" can be developed in the 

cation, as is displayed in (45) for NCl~. These types of valence-bond structures 

are similar to (40)-(42) for po~-, 503 and Cl03• 

The influence of overlap on the stabilization or destabilization of Pauli ng 

"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 

CR3 , CR2F, CRF2 and CF3• Each of CF3 and NCl; has 25 valence-shell electrons. 
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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

characterize~ 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 LEWIS VALENCE-BOND THEORY 

N02 with 17 valence-shell electrons can form several dimers 1 whose geometries 

are displayed in Figure 7-1. The most stable dimer is planar with a long, weak N-N 
. 02 0 

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

the single bond of NZH4 3 The N-N bond-dissociation energy of 57 kJ mol- 1 for N20 4 

is much smaller than that of Z50 kJ mol- 1 for NZH4 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 N02 (Section 6-1). 

o 0 o 
\ / 
N--N 

/ \ o 0 

\ 0 
N--N--

/ --"'0 
o 

We shall assume here that the electronic structure of the ground-state for NOZ 

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 (Z), but is to be understood that these valence-bond structures 

participate in resonance with the symmetrically-equivalent structures (3) and (4).) 

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

structures for the dimer can be generated 

(1) 

·0· 
"-N.!+I 

.. / 

.0 . . . (-) 
(1) 

(2) 

(2) 

+ 

(1) 

+ 

(2) 

+ 

(1) 

+ 

(2) 

·0· ·0· 
"N_I+I;....-..;...I+IN~ 

.. / '\. .. .. q. .0. 
I-I I-I· . 

(3) 

I-I 
(5) I-I 

·-0- ·0· 

"N: :N~ .. / , .. _.0. _________ .q. 

(6) 

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

times these bonds are designated as "formal bonds"S. It follows that if resonance 

between structures (1) and (2) (together with their mirror-images) is used to repre

sent the electronic structure of N02, then resonance between the structures (3)-(6) 

(together with mirror images) may be used to describe the electronic structure of 

N2 0 4 when charge-transfer between the N02 moieties is not considered. Therefore, 

the N-N bond number (Le. the number of pairs of electrons that form the N-N bond) 

for N 2 0 4 must be smaller than the bond-number of unity that pertains for the N-N 

single-bond of N2H4 (as in H2N--~H2). 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 bond-length9 and 0.24 from the photo-electron spectrum 7c. 
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By bonding together the N02 valence-bond structures of types (2) and (4) of 

Section 6-1, valence-bond structures of type (7) are obtained for N204• These 

latter structures also participate in resonance with the structures of types 

(3)-(6) • 

·0· -0- ·0" ,,-0; 

'N: 
/ .. 

,,..~/ + :N • 'N: , .. / '0 /", 'd: ·b ' .p. •• 'I .. .' .. 
(7) 

In valence-bond structures (6) and (7), a lone-pair of electrons occupies each 

of the nitrogen hybrid atomic orbitals (h2 and h3 of Fig. 7-2) that pertain to the 

N-N a-bond of structure (3). For this pair of orbitals, the 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 N204 is equivalent to the 

nitrogen odd-electron charge for the N02 monomer9. 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 N02 is assumed to occur when N02 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 a-bond-number of 0.5 for the dimer, i.e. one half of an N-N 

electron-pair is formed for the N204 dimer. This argument is no~ valid7b ,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 

N204 if the nitrogen odd-electron charge for N02 is 0.5. (To obtain a nitrogen odd

electron charge of 0.5, structures (1) and (2) for N02 must have equal weights. 

Therefore, the weights for the N204 structures (3)-(6) are each equal to 0.25.) 

Each of the N204 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 N204? In Section 2-4, we have referred to the electroneutrality principle, which 

states that if atoms of a neutral molecule have similar electronegativites, the 

atomic formal charges for the ground-state of the molecule will have small magni

tudes. For N20 4, 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. 



76 

Because each N02 moiety of structures (3)-(7) has 17 valence-shell electrons, 

these structures will be referred to as "covalent" structures with the electron 

distributions of N02N02• In Section 7-3, "ionic" or charge-transfer structures of 

the type NO;NOi (or N0iNO;) will also be included in the description of the elec

tronic structure. As is the case for H2 (Section 3-3), the ionic structures are 

less important than are the corresponding covalent structures for the ground-state 

resonance7b,c,10. 

Molecular orbital calculations for N02 and N204, with configuration interaction 

(C.I.) (Sections 3-3 and 10-3) included for N20 4 , have been parameterized so that 

the experimental values for the first two ionization potentials of N02, the first 

ionization potential of N20 4, and the nitrogen odd-electron charge of N02 (Section 

6-1) are reproduced7b,c,13. The N02 parameters have been carried over into the N204 

calculations. From the MO-CI wave-function for N20 4, 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 N02 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 N02 involves 

primarily the spin-pairing of the odd-electrons of two N02 radicals. 

The odd-electron of N02 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 N204 are therefore those that are displayed 

in Figure 7-2, namely two nitrogen hybrid and four oxygen 2pw-orbitals, which are 

deSignated as "mobile a-electron" orbitals6 , 7, 1 0-13. The "mobile a-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 h2 (1)h3 (2) + h3 (1)h2 (2) in 

which h2 and h3 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 

o( 1)0(2) for which a = h2 + h3 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 explanation11 ,12 for the existence of a long, weak N-N bond for N204• 
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7-2 THE LORG WEAK R-R BORD OP N2 0 4 : MOLECULAR ORBITAL THEORy11,12 

For the molecular orbital description of the N-N bond of structure (3), two 

electrons with opposite spins occupy the N-N a-bonding molecular orbital 

a = h2 + h 3 • In this structure, the oxygen 2pii orbitals, which overlap with the 

orbitals that form the N-N bond, are ail doubly-occupie~ However, the appreciable 

electronegativity of N+ relative to 0- in structures of type (3) induces some de

localization of the oxygen 2pw electrons into the antibonding N-N a*-orbital, a* 

h2 - h3 , which is vacant in these structures. The N-N a-bond ordert 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 spectrum7c• 

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 w1 

and ii4 orbitals of Figure 7-2 into the singly occupied nitrogen hybrid orbitals h2 

and h3 • We shall now use these orbitals to construct the 4-centre delocalized 

molecular orbitals for the mobile a-electrons. (A fuller treatment that includes 

the ii 5 and ii 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 Eqs. (1) and (2), in which for simplicity only we have omitted the 

overlap integrals from the normalization constants. The symmetry orbitals s1 and s2 

* are the N-N a-bonding and a -antibonding molecular orbitals. The s1 and s3 orbitals 

are symmetric with respect to reflection through the xy plane of symmetry (Fig. 

7-2), whereas s2 and s4 are antisymmetric with respect to this reflection. Because 

orbitals with the same symmetry can overlap, we may linearly combine s1 with s3' and 

s2 with s4' to obtain the delocalized 4-centre molecular orbitals of Eqs. (3)-(6). 

The parameters A and II are constants, both> O. In particular, as will become more 

eVident below, the parameter II provides a measure of. the extent of de localization of 

the oxygen 2pji electrons into the antibonding a* orbital (s2)' 

s1 (h2 12 + h3 )/2 , s2 (h2 - h3 )/:b, (1) 

(ii 1 + - ~ (ii 1 - - ~ (2) s3 1f 4 )/2 s4 = 1f 4)/2, 

lj/1 (s3 + As1)/(1 + A2)~ - (ii 1 + Ah2 + Ah3 + ii4 )/{2(1 + A2)}~ (3) 

"'2 (s4 + IIs2)/(1 + 112)~ = (ii 1 + IIh2 IIh3 - ii 4) /{ 2 ( 1 + 112 )}~ (4) 

"'3 (As3 s1 )/( 1 + A2)~ - (Aii 1 h2 h3 + Aii 4 )/{ 2 (1 + A 2 )}~ (5) 

~ ~ 
"'4 (lIs4 - s2)/(1 + 112) - (lI ii 1 - h2 + h3 - ll ii4)/{2(1 + 112 )} (6) 

t These delocallzatlons are cal,fulated to occur12 at the ~N single-bond length of 1.45 A as well 8S at 

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 ~4 is both N-N and N-O antibonding, and therefore it is the highest 

energy molecular orbital for the mobile a-electrons. For the six electrons that 

occupy the ii l' h2 , h3 and ii4 orbitals of Fig. 7-2, the molecular orbital configura

tion of lowest energy is given by Eqn. (7), with orbital ~4 vacant. 

'1 (MO) (7) 

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

the identity that we have deduced in Section 3-5 (or Section 3-7), namely 

(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 Eqs. (3)-(6) are normalized and orthogonal. For these orbitals, the appro

priate form of Eqn. (8) is Eqn. (9), in which a and b now correspond to a pair of 

symmetry orbitals from Eqs. (1) and (2), and k is either A or II. 

(9) 

When this identity is applied to the ~1 and ~3 orbitals of Eqn. (7), we obtain 

Eqn. (10), which shows that the N-N a-bonding orbital s1 is doubly occupied 

regardless of the value of II in molecular orbital ~2. 

(10) 

If the parameter II is set equal to zero in the "'2 of Eqn. (4), then ~2 = s4' 

and '1(MO) reduces to (S1)2(s4)2(s3)2:: (s1)2(ii 1 )2(ii4 )2. This latter configuration 

corresponds to double-occupancy of the ii1 and ii4 orbitals of Fig. 7-2, i.e. no 

delocalization of electrons has occurred from these orbitals. When II 'I 0, the s4 

and s2 symmetry orbitals mix according to Eqn. (4), i.e. ii-electrons delocalize into 

the antibonding N-N a* orbital which is vacant in the standard Lewis structure (3). 

The parameter II therefore provides a measure of the extent of this delocalization, 

which may be calculated from the N-N a-bond order for' 1 (MO) of Eqn. (7). Using the 

bond-order formula of Eqn. (3-43),; together with the molecular orbital coefficients 

of Eqs. (3)-(5), this bond-order may be expressed as 1/(1 + 11 2 ). (This formula is 

also appropriate 12 when the ii 5 and ii 6 atomic orbitals of Fig. 7-2 are included to 

construct 6-centre molecular orbitals.) With 1/(1 + 112) 0.525, II = 0.951 is 

obtained. 
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Further transformations of the orbitals for molecular orbital configuration 

"1 (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 N20 4 that we have 

described here. 

The results of some recent molecular orbital calculations 14-18 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 Sectiofu 

It may also be noted that the "through-bond" coupling19 of lone-pair orbitals over 

* three a-bonds is equivalent to lone-pair delocalization into the antibonding a 

orbital between the central a-bond. 

7-3 THE PLANARITY OF N2 0 4 , COVALENT-IONIC RESONANCE 

PAULING ·3-ELECTRON BONDS· 

AND CIS 0-0 

The planarity of N20 4 is concomitant with a barrier to rotation1,20 around the 

N-N bond of 8-12 kJ mol- 1• The origin of this barrier was initially associated with 

weak lI-bonding across the N-N bond 21 • However, the results of molecular orbital 

calculations 14,15,22 now indicate that the overlap between a-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 2pw

orbitals of Fi~ 7-2. The overlap integral between a pair of cis 2pw~orbitals (e.g 

ii 1 and ii 4' or ii 5 and ii 6) is 0.01 7a. 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 2pii-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 calculated7a 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 (NO;NOi and NOiNO;) structures (8) 

and (9) (c.f. the covalent-ionic resonance H-H H+ :H- ++ Hi" H+ for H2 of 

Section 3-3). 
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·0· 
:N~ 
'0-(-) .... 

(6) (8) (9) 

A much larger cis 0-0 binding energy of 20 kJ mol- 1 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 0-0 overlap contribution to the rotation barrier 

for N20 4 • 

ec;. ·0· ·0· ;0--~ (+) ~ , (+) 
N.... :N ~ N :N' ./ --------, .. .., '0· e •• _ ...... 0. .9 (4 • (-l •••• 

(4) (10) 

·0· ·0· ·-d- ·0· 
~ (+) ~ 

'N: 
(+) ~ 

N: ... ·N +--+ N /. ... '" , .. ··0/ '0· ... '" .0 ."."" .. . .p: .. : 
(-) (4 

.. 
(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 w1 

and w4 orbitals, and the nitrogen hybrid orbital h2 • Inspection of these latter 

structures reveals that the (4) ++ (10) resonance leads to the development of a 
• • pauling "3-electron bond" (0 •• eo :: 0 • 0 :: (0: eo) "++ (0. 10» between the cis oxygen 

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

barrier with the formation of this type of bond. 

N .... 
...................... 

0: ... ·0 :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) resonances7a• 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. 

-0-· 

\N: 
.. / 
. 0 • • • 1-1 

(7 ) 

" .. , , 7··· , 
I :N 

\\ 
'-.. .... 0 • 

(+) • 

( 14) 

The dimer of CO2, namely the oxalate anion C20~-, is isoelectronic with N204• 

Its C-C bond-length of 1.57 A (average)23 is only a little longer than the C-C 

single-bond length of 1.54 A for C2 H6 • By contrast, the N-N bond of N2 0 4 is 0.33 i 
longer than the N-N single bond for N2 H4 • A comparison of the standard Lewis 

structures (3) and (15) indicates immediately why the difference occurs. Relative 

to the lone-pair 2pii-orbitals on the oxygen atoms of these structures, the carbon 

atoms of (15) must be less electronegative than are the N+ of (3). consequently the 

delocalization of the oxygen ~-electrons into the antibonding C-C a* orbital of (15) 

must occur to a smaller extent than does that which occurs into the antibonding N-N 

a* orbital of (3). Therefore the C-C a-bond order for C20~- must be larger than the 

N-N a-bond order for N204 • and a shorter C-C bond results. 

The reduction in the extent of delocalization of oxygen ~-electrons generates 

a smaller cis 0-0 overlap stabilization for C20~- than for N20 4• Non-planar as well 

as planar C20~- 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 co; 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 N2 0 4 • 

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 N204• Consequently, the 

standard Lewis structure (15) with a c-c a-bond has a larger weight than has (3) 

(with an N-N a-bond for N20 4 ), thereby generating a larger c-c bond-number for 
2-C20 4 • 

The dithionite anion S20~-, which is the dimer of SO; (Section 6-3) is non

planar24 ,25. The s-s bond-length of 2.39 ;. for this dimer24 ,25 is 0.33 ;. longer 

than the s-s single-bond of H2S2 26. The standard (octet) Lewis structure (19) has 

a lone-pair of electrons on each of the sulphur atoms, and these should be 

responsible for the non-planarity (c.f. non-planar :NH3 and :SO~-, each of which has 

a lone-paic of electrons on the nitrogen or sulphur atom). Because of the non

planarity, the lone-pair 2pn and 2pn orbitals on each oxygen atom can both overlap 

with the atomic orbitals that form the S-S a-bond of (19). The s+ of (19) should be 

strongly electronegative relative to the 0-, thereby inducing appreciable delocal

ization of the oxygen 11 and ii electrons into the antibonding S-S a* orbital. An S-S 

a-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 length12a• 
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(22) 

A Lewis-type valence-bond explanation27 for the existence of a long s-s bond 

in S20~- is the following. on dimerization of the S02- 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 
2-consequence., of this is that the S-S bond-number for S204 must be rather less than 

unity, and the S-S bond is therefore longer than a single bon~ 

In (22), the sulphur orbitals that form the S-S a-bond of (19) are both 

doubly-occupied. As is the case for N204 (Section 7-1), the resulting non-bonded 

repulsions must contribute to some of the lengthening of the S-S bon~ 

The A-A bond-lengths for some A2Y4 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 B2H4 , N2H4 and P2H4, and may be attributed to a small amount of delocali-

* zation of halogen pi 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 

AY2 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 B2F4, 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 BF2 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 NF2 and PF2, the 

odd-electrons occupy II-electron molecular orbitals (c.f. Section 6-4), but spin-pair 

to form a-bonds in the dimers. Therefore it may be less appropriate to obtain 

realistic estimates of the A-A bond-numbers for N2F4 and P2F4 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. 

(23) 

c, 
C,......... I 

B--
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c, 

(24) (25) 
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Table 7-1 

(+) •• (+) 
.. • _. J' 

(+) 

(26) (27) (28) 

B2H4 1.644a , 1.619b N2H4 1.453d 

B2F4 1.720c N2F4 1.48ge , 1.495f 

B2Cl4 1.702c P2H4 2.216g 

B2Br4 1.689c P2F4 2.281h 

A-A bond-lengths for A2H4 and A2Y4 (y = halogen) molecules. 

REFERENCES: (a) (Clllc.). P. Dill, V.R. Schleyer and J.A. Pop Ie, J. Amer. Chem. Soc., 97, 
3402 (1975). (b) (Clllc.). I.M. Peperberg, T.A. Halgren and W.N. Lipscomb, Inorg. Chem. 
16,363 (1977). (c) D.o. Danielson and K. Hedberg, J. Amer. Chem. Soc., 101,3199 (1979) 
lind references therein. (d) Ref. 3. (e) M.J. Cllrdilio and S.H. Bauer, Inorg. Chem., 8, 
2086 (1969). (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. 
Ho I ywe I I, J. Mol. Struct., 11, 371 (1972). (h) H.L. Hodges, L.S. Su and L.S. Bllrte I I, 
I norg. Chem., 14, 599 (1975). 

In the gas phase, B2F4 is planar, and B2Cl4 and B2Br4 have perpendicular 

conformationsl 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 

w-electron effects stabilize the planar conformation for B2F4, whereas hyperconjuga

tion across the B-B bond of B2C14 helps stabilize the perpendicular conformation. 

The S20~- anion has an eclipsed geometry, whereas isoelectronic P2F4 is trans, 

as in (19) and (25), respectively. Similarly, P2H4 has a trans geometry. For P2F4' 

"long-bond" structures similar to (20)-(22) with formal +ve charges on the fluorine 

atoms, must have much smaller weights than do those for S20~-; the monomer odd-
2-electron charges (Table 6-1) give weights of 0.19, 0.19 and 0.03 for S204 ' and 

0.08, 0.00 and 0.00 for P2F 4. The staggered trans geometries for P2F 4 and P2H4 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 S20~- might be overcome by covalent-ionic resonance of 

the type (21)- ++ (29), (c.f. (4) ++ (10) for N204 ),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 P2F4, a cis F-F overlap 

stabilization energy through the resonance (30) ++ (31) will be of negligible 

importance for this molecule, and cannot operate for P2H4• Similar theory accounts 

for the existence of trans and gauche rather than eclipsed conformers for N2F4• 

It has been suggested 25 that structures of type (22) should help stabilize 

the eclipsed conformation for S20~-. However, as is the case for structure (6) for 

N20 4 , the cis 0-0 bond of (22) must have negligible strength; the bond-length is 
o 

2.86 A. 

(+) 

~ ,1' ~ (i~· . (-) 

"0· 0" 
(-)"" . .. 

(29) 

(-) 

~ ,1' ~$ •• F: 
:F: F\ .. .. 

(+) 

(30) (31) 
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7-7 C-NITROSO DINERS AND S4N4 

In their standard Lewis structures (1) and (19), both N20 4 and s20~- 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 

Lewis structures for a number of other molecular systems6 ,12a,28-30 and we shall 

discuss two examples here, namely the C-ni troso dimers (RNO) 2 (R = alkyl or aryl) 

and S4N4. 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 N+ and S+ relative to the 

0- and N- leads to appreciable delocalization of the 0- and N- lone-pair electrons 

* * into the antibonding N-N a and S-S a 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 

range in value between 1.30 i and 1.32 i 31; the length of an N-N double bond (as in 

CH3N=NCH3) is 1.24 i. For S4N4' the S-S bond-lengths of 2.58 ~32 may be compared 

with the S-S single-bond length of 2.06 A. 
(-) (+1 (-I 

(4 •• l 
.. 

-r 
s 

R R R ·0· 

I \ (+) (+) / \ (+1 
(+1/ •• 

N=N N=N (+1 :S 

I 
S: (+1 

./ " .. .. f \ l.. .I :PI ·A· ·R· R § eN._ .. N 
(-) (-) (-I (-) (+1 (-) 

(32) (33) 

Other systems with adjacent positive charges in their standard Lewis 

structures include RU(II)-N2-RU(II) and S202. Their standard Lewis structures are 

(34) and (35), and the bonding for these systems is discussed in Sections 18-2 and 

11-7. 

(+1 (+1 

(+1 (+1 (-I ·8====S·· 

:"p.( \~: :R~-N==N-R~: .. .. 
(-I (-I 

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

With little modification, we may use the N2 0 4 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 (3d)9 configurations for the cu2 + ions. As exam

ples, we shall consider the Cu(II)-carboxylate, Cu(II)-chloro and CU(II)-hydroxo 

dimers (Cu2(RC02)4,Ln with n = 0 or 2, and CU2X~+ with X = Cl or OH) with the 

geometries1- 3 displayed in Fig. 8-1. Initially we shall not include the copper 4s 

and 4p orbitals in the bonding schemes. 

8-1(a) Valence-Bond structures For those Cu(II) carboxylate dimers that 

have the geometries displayed in Fi~ 8-1, singly-occupied 3dx'_y ' orbitals of the 

Cu2+ 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 3dx'_y ' orbitals 

also overlap with each other to form a very weak 6-bond4 • In Fig. 8-2, each 

O-Cu(II)-O moiety involves five electrons and three overlapping atomic orbitals, as 

is also the case for N02 and both O-N-O linkages of N20 4 (see Figs. 6-1 and 7-2). 

The cu2+ ions of Cu(II) carboxylate dimers are equivalentS to the nitrogen atoms of 

N02 and N20 4• Therefore, for each O-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 (S). 

X 

L" / ~ /L 
Cu -2·8A-3·3 A ... CU 

l/ "'" / ", 
X 

Figure 8-1 Geometrical structures for some Cu(II) carboxylate, hydroxo and chloro 
dimers. 
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0.. 0 •• 0. 

CU· +--+ Cu: +---+ CUI 

o· 0· 0·· 

(1) (2) (3) 

The atomic orbitals for each 

O-Cu(II)-O mOiety of Fig. 8-2 overlap 

weakly with those of the other mOiety 

which involves the same RCO; ligands. 

Therefore, the delocalized magnetic elec

trons of the two moieties may be spin

paired to generate the S = 0 valence-bond 

structurest 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 N20 4 structures (3)-(7) of 

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

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

tures are of the "covalent" type. 

R 

(-%) 1 (-%) 

·nY"d .. ,-;- •• l 

(+2) (+2) 
cu·--------~Cu 

(6) 

R 

(-%) 1 (+%) 
. Y ". _.q. _.0, 

" (+2) "" (+) 
Cu·' :Cu 

~d· ·0·· . ~ /.. 
(_%) c (_%) 

I 
R 

(7 ) 

q. 0. 

- CU· +--+ Cu· 

0· 0' 

(4) (5) 

Figure 8-2 Overlap of copper 3dx2_y2 
orbitals with oxygen lone

pairs orbitals of two carboxylate lig
ands. The overlap between the copper 
orbitals generates Cu-Cu 6 bonding. 

R 

(+%) cl (+%) 
·7 " . .. q.-. ,.0.. ----(+) (+) 

Cu: :cu 

I. -. • -. 
.O~ "';0 . 

(-%) I (-%) 

R 

(8) (9) 

•• (-!:I) 

t With respect to form81 ch8rge distribution, the L1nnett structure (Section 2-2) R- ·that we he"" ~o: 

. .. ~(-") 
used for the c8rboxyl8te linkages In (6)-(9) Is equlv81ent to that obtained from resonance between the 

;~(-) ~c(: 
standard Lewis structures R-C. and R-C.~ • 

~~!Ie , •• 
~. ~ .. (-) 
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The Cu-Cu 6-bond of (6) corresponds to the N-N a-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 3dx2_y2 

orbitals of Fig. 8-2 is very smal14 ,6 (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 occur4 - 8 • The results of 

some molecular orbital calculations7 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 3dx2_y2 - 3dx2_y 2 

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 Antiferroaagnetisa of CU(IZ) Carboxylate Diaers 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 (t+) spins for the two electrons is weak. Little energy is 

required to uncouple their spins to generate an S = 1 excited state with parallel 

(tt) spins for these electrons. Measurements of the temperature-dependent magnetic 

susceptibilities for a large number of Cu(II) carboxylate dimers 2 ,9 indicate that 

for each of these complexes an S = 1 excited state lies onlyoJ' 100-500 cm- 1 (1-6 kJ 

mol- 1) above the S = 0 ground-statet • In Table 8-1, we have reported these energy 

separations (-41 = 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 a-bond of N20 4 helps to generate a relatively stronger spin

coupling for the unpaired-electrons of the two NO Z moieties. The dissociation 

energy of 57 kJ mol- 1 for N20 4 (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 the S = 0 and S 1 states suggests that 

the cu-Cu 6 bonding is not the primary anti ferromagnetic interaction that occurs 

between the odd-electrons of the O-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 3dx2_y2 orbitals would be smaller. It may also be noted that in Cu(II) 

complexes of amino alcohols (10), the Cu(II) ions are10 separated by 4.94 A, and 

t Because the S = 1 states are thermally accessible, these dlmers exhibit anti ferro-magnetic behaviour. 
For some of the Cu(II)-hydroxo and chloro dlmers of Section B-2, the ground-states have S = 1 spln

states, and excited S = 0 spin-states are thermally accessible. When this occurs, the complex Is 

ferromagnet I c. 
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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 

d x 2_y2 orbitals. However, -2J has a value lO of +95 cm- l • 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 3dx2 _y2 orbitals in a manner 

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 11. 

(10) 

R L L Cu-CU(~) -1 
-2J(cm ) 

H ~ dioxan 2.58 +555 CH3 urea 2.637 
-H NCS 2.716 +485 C2H5 --------- 2.578 +300 

H urea 2.657 C3H7 --------- 2.565 +322 

CH3 H2O 2.614 +284 CH2Cl Cl. pi coline 2.747 +321 

CH3 H2O 2.616 +284 CF 3 quinoline 2.886 +310 

CH3 pyridine 2.630 +325 Succinate H2O 2.610 +330 

CH3 pyridine 2.645 o - BrC6H4 H2O 2.624 +250 

CH3 quinoline 2.642 +320 l\cetyl --------- 2.617 +340 

CH3 NCS 2.643 +305 Salicylate 

Table 8-1 Cu-cu bond-lengths and -21 for dimeric copper (II) carboxylates, 
CU2 (RC0 2 )4,Ln , with n = 0 or 2. 

8-1(e) Covalent-Ionic Resonance and the Antiferroaaqnetis. of cutII) 

carboxylate Diaers Because of the small overlap that exists ~~~ween at~ID~c 
~, ,~ 

orbitals located on non-adjacent atomic centres, the "long" Cu ·0 and ° ° 
covalent bonds of structures (7 )-(9) have negligible strengths. Therefore these 

structures are essentially degenerate with the corresponding S = 1 structures that 

have parallel spins for the two magnetic electrons. Similarly the small overlap 

between the d x' _y' orbitals for the Cuo---·.Cu bond of (6) renders this structure 
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almost degenerate with the corresponding S = 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 = 

7 cm- 1 may be calculated12 using tabulated values for the integrals 13 • A much 

larger stabilization of 240 cm- 1 is obtained when the S = 0 covalent structure H---H 

participates in resonance with the ionic structures H+ :H- and HI H+. For H2, 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 (00 :0 ++ 0: 00) in particular, leads to a substantial cis 

0-0 overlap stabilization of the planar conformation for N20 4 • Similar types of 

covalent-ionic resonance are also responsible7 ,14 for the cis 0-0 overlap stabiliza

tion of the S = 0 state for the Cu(II) 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 Eqn. 6-1, in which 

y and b are oxygen atomic orbitals (e.g. X 1 and X6' or X4 and Xs of Fig. 8-2), and a 

is the copper orbital X2 or X3. We shall designate these 3-centre molecular 

orbitals here as 'i (i = - 3) and,~ Ii = 1 - 3), and construct the S = 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'~ If it 

is assumed that the S = 0 and S = 1 configurations 1'1'covalent and 3'1'covalent 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 ) 

<1>3 + -t- <1>3 <1>3 -+ + <1>' 3 

<1>2 -#- -#- <1>2 <P2 --#-- -tt- <1>' 
2 

<1>1 + -#- <1>i <1>1 -tt- -tt- <1>' \)!6-- + +b~u 1 

~ ~ 
\)!s+ 

-+-a* 
1'1' 3'1' 9 

covalent covalent 1j!4+ -#- -#- b 39 
<1>3 -it- <1>' <1>3 + </I' 3 3 

\)!3-#- + -#- b 2u 

</12 --#-- +<1>~ <1>2 + +<1>2 
\)!2-#- -#- -it- b lg 

<1>1 --#-- -#-<1>i <1>1 --#- -#-<1>i \)!l-#- -it- -#-ag 
v 

J 

lljll (110) lljl2 (110) 31j13 (MO) 1'l'. 
lonic 

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 S = 1 state involves no ionic components. 

Small S = 1 ionic contributions do enter through consideration of excited configura

tions, but any additional stabilization of 3'covalent through interaction with them 

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

. . f 1 1 
1nteract10n 0 'covalent with 'ionic' 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 'covalent are of types (6)-(9), together with their equivalent forms. Similar 

structures with parallel spins for the two magnetic electrons contribute to 

3 1 
'covalent. For 'ionic' the component valence-bond structures are of types 

(11)-(14). The cis 0-0 overlap that has been calculated7 to be of primary impor

tance for stabilization of the S = 0 state will manifest itself in covalent-ionic 

resonance of the types (7)++(12), (S)++(13) and (9)++(14). The arrangements of 

formal charges for these structures indicate that the energy differences E 12 - E7 

and E14 - E91 will have smaller magnitudes than has E13 - ES' 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 0: .0 ++ o· :0 _ 0" '0. The results of one set of calcula

tions7 suggest that (9)_(14) is m9re important than (7)-(12), but further investi

gations are in progress 12 in order to ascertain whether or not this is a general 

result. 

R 

I (-%) C (-Yo) 

·7 ". -.0.. _$1.-
(+3) 
Cu 

(+) 

:Cu 

e(Se ·0·. . ~ /.. 
(-Yo) I (-Yo) 

R 

( 11) 

R 

(+Yo) 1 (-Yo) 

:07 -....:....0·. 
(+2)/ •• ,(+) 

Cu' :Cu 

'-0· 0·· . ~ /. . 
(-Yo) I (-%) 

R 

(12 ) 

R 

(+3/2) ! (-Yo) 

'07 "0' e. e. : 

(+) 

Cu: 
(+) 

:Cu 

··0· ·0· . ~ /. . 
(-Yo) I (-Yo) 

R 

(13) 

R 

(+%) • ! . (-Yo) 

:07 ""'-d. .. , -.. 
(+) ~ (+) 
Cu: I :Cu 

I , 
• ·-0 -0-• '=--- /. • 

(+Yo) I (-Yo) 

R 

( 14) 

8-1 (d) Covalent-Ionic Resonance and Approximate 6-CeJltre 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 O-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 ~i and ~ 

of the two moieties is small, it is a good approximation to construct the canonical 
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molecular orbitals (Vi) with D2h symmetry by adding and subtracting pairs of 
, 

equivalent ~i and ~i' Thus, ignoring overlap integrals in the normalizing con-
., 

stants, and assuming that the ~i and ~i are normalized, we obtain 

"'1 
, 1:1 

(~1 - ~ 1 )/2 

(2 ) 

The S = 0 and S = 1 canonical molecular orbital configurations 1'1(MO), 

1'1'2(MO) and 3'3(MO) of Fig. 8-4 transform withAg' Ag andB 1u symmetries, respec

tively. By using the identity of Eqn. 3-15 for pairs of electrons with parallel 

spins - for example 

it is easy to deduce that 

1, 1 (MO) (3) 

(4) 

3'1'covalent (5) 

configurabion interaction (Section 3-3) is possible between the s 0 

configurations, to give 

1'Y(CI) (6) 

(7) 

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 CU(II)-X-CU(II) LINKAGBS 

The 4-electron 3-centre bonding for linear triatomic M-X-M linkages has 

received much attention 15-18 since it was first described by Kramers 11. 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 +02-Ni2 +). The paramagnetic cations are too widely separated for their 

orbitals to overlap significantly, and the phenomenon of superexchange (Section 

8-1), i.e. the de localization of electrons from the doubly occupied ligand orbital 

into the singly occupied cation orbitals, has been invoked to account for the 

observed anti ferromagnetism of solids such as NiO and KNiF3 with linear M-X-M 

linkages. 

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 

2-Cu(II)-Cl-Cu(II) linkage of CU2C16. The singly-occupied orbital of the metal ion 

can overlap simultaneously with two orthogonal p orbitals on each ligand. Both 

ferro and anti ferromagnetic complexes have been characterize~ In Tables 8-2 and 8-

3, we have reported experimental estimates of the values for the Singlet-triplet 

energy separation (-2.7) 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 -2.7. (Some exceptions to this linear relationship 

have been more recently reported20 .) 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. 

-1 
-2J (em ) 

[CU(bpy) OHj 2(N0 3)2 -172 95.6(1) S-[Cu(dmaep)OHj2 (C104 )2 +200 100.4(1) 

[CU(bpy) OHj 2(C104 )2 - 93 96.9(2) [Cu(tmen)OHj2 (C104 )2 +360 102.3(4) 

lCu(bpy)OHj2so4'5H20 - 49 97.0(2) [Cu(teen)OHj2 (C104 )2 +410 103.0(3) 

[cu(eaep) OHj 2 (C104 ) 2 +130 98.8-99.5(3) [cu(tmen)OHj2Br2 +509 104.1(2) 

Table 8-2 -2.7 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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-1 
-2J(cm ) 8(0) _2J(cm-l ) 8(0) 

a [(DMG)CuC1 212 -6.3 88 [t4e 2NH2cuC1312 +5 95.6 

[Ph4ASCUC1312 -33 93.6 [KcuC1312 +55 95.9 
b 

[LicuC13 , 2H20 12 >0 95.1 [(Guan)CuC13122H20 +82.6 98 
4- c 

CU2C18 

Table 8-3 

+14.6 95.2 [(2-Me(PY»2CuC1212 +7.4 101.4 

-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. Chern. 13, 1246 (1974). a DMG 
dimethylgloximine bGuan = guaninium c 2- Me (py) = 2-methylpyridine. 

(a) van Kalkeren, schmidt and Block 16 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 K. ~. .K exhibits ferromagnetic coupling for the metal-ion 

electrons when the bridging bond-angle is around 90°, and antiferromagneti"c 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_!~ems to be involved in the treatment. The S = 0 valence-bond 
/" ....... , 

structure K. :X· "'-K is an example of a "long-bond" structure. A similar type of .. 
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. 

1 3 For the Cu(II) carboxylates, the 'I' covalent and '{I 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 neglecte~ However, for the 

Cu(I I) -x dimers, 3'{1 covalent must have significantly lower energy than 1 '{I covalent. 

This is primarily because although the two p-orbitals of each bridging ligand are 

orthogonal, the one-centre exchange integral J Jpx(1)py(2)r121py(1)Px(2)dvl<iv2 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 l'1'covalent and 3'{1covalent of Figure 8-3. The 

contribution of (15) with parallel spins to 3'{1 covalent ensures that this latter 

function has a lower energy than has l'{1covalent alone (with antiparallel spins for 

the two magnetic electrons of structures of types (15)-(18». Therefore 

consideration of 3'1' covalent and 1'1' covalent leads to the prediction that Cu(I I)-X 
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dimers have ferromagnetic ground-states, if each of (15)-(18) participates in 

resonance for both the S = 0 and S = 1 spin states. However, 1'covalent can 

interact with 1'1'ionic' and some stabilization of l'covalent may then occur, the 

origint ' 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 anti ferromagnetism when the S = 0 covalent structures of types (17) and 

(20) participate in resonance with S = 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. 

(+) (-) 

:·x: · .. ··X· IX: :.X •. .,.- .. 
(+) (+) (+2) (+2) (+) .. 

(+2) (+) 
, 

(+) ...... , 
Cu: :Cu Cu·----- --·Cu Cu: "·Cu Cu: , 

:Cu , , ... :·X: ._ e. '- \ :.>\. · . ..~. ..~. 
(-) (-) (-) 

(15) (16) (17) (18) 

··x-: ~X: .- -. .- -. 
(+) (+2) • X. .X. ..... (+) · " (+2) (+2) .... (+) (+2) , . (+) ......... .. "" , 
Cu: ·Cu Cu: "'·Cu Cu·"" :Cu Cu.' :Cu 

.- -. .- -. .- -. .- -. . ~ .. ..X .. .]<.- _.X._ 
I-) (-) (-) (-) 

(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- accOllUllOdate the lone-pairs of electrons. The O-H a-bond of HO-

then must utilize the oxygen 2s orbital for bonding. The oxygen (0-) 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 Is 
not equal to 90·. For Cu<ll)-CI-Cu<ll) linkages, this overlap Is the only tYPEg between the Cu<ll)-CI 
moieties that can be non-negligible In magnitude; the Cu-Cu distances of> 3.2 A ere too large for the 
copper orb Ita I s of Figure 8-5 to over I ap sign I f Icantl y. 
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involves the promoted sp6, V 1 configuration. If it is considered that the non

promoted s2p 5, V1 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 

2pii-orbi tal 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 

utilization of (approximately) dsp2 hybrid orbitals of cu2 +. Prior to bonding to 

the ligands, three of these orbitals are vacant, and one is singly-occupied. 

Because each cu2+ 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 

and one Pauling "3-electron bond", as shown in 

(22), for example. The Cu(II) carboxylate and 

Cu(II) hydroxo or chloro dimers are, therefore, 

examples of hypoligated complexes (Section 5-1). 

In the discussion of this chapter, we have 

omitted the 4s and 4p orbitals, because the odd

electron charge in a copper orbital is consi-

dered to be primarily 3d in character. 
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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. 

For the H2 ground-state, the covalent bond for the valence-bond structure 

B---B 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 Eqs. 

(1) and (2) here, in which 1 sA and 1 sB 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). 

'1'1 (MO) a(1)a(2) with a = 1sA + 1sB (1) 

(2) 

0) {at 1 )fl(2) - 6( 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 a-molecular orbital of '1'1 (Mol into the 

vacant anti bonding orbital a* = 1s A - 1s B, we obtain the excited-state wave

functions of Eqs. (4) and (5), which have respectively parallel and antiparallel 

spins for the two electrons. (In Eqs. (4) and (5) the Sand Sz spin quantum numbers 

have the following values: 'I'2(MO): S = 1, Sz = 1, 0, a·nd -1; 'I'3(MO): S = Sz 

= 0.) 

'1'2 (MO) 

'1'3 (MO) 

{a(1)a*(2) - a*(1)a(2)} x [ 

a( 1 )a(2) 

{at 1)6 (2) 

6(1)6(2) 

+ B ( 1 )a (2)) /2~ 

{a(1)a*(2) + a*(1)a(2)} x {a(1)B(2) - B(1)a(2)}/2~ 

(4) 

(5) 
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If we substitute 1sA + 1sB and 1sA - 1sB for 0 and 0* into the spatial compo

nents of these wave functions, we obtain Eqs. (6) and (7) (with the same spin wave

functions as for Eqs. (4) and (5». 

(6) 

( 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 
x x 

spins for 'I' 2 (MO) as crosses (x), we obtain the valence-bond structure B B from 

'I'2(MO), because each atomic orbital is singly-occupied. For 'I'3(MO), the two elec

trons have opposed spins, and the configurations 1sA(1)1s A(2) and 1sB(1)1s B(2) of 

Eq. (7) locate the two electrons in the same atomic orbital. The resulting valence

bond structures are the ionic structures aI-) B(+) and B(+) :B(-) and these 

participate in resonance. The '1'3 (MO) of Eq. (7) involves a minus (-) linear combi

nation. It is also possible to write down the (+) linear combination, namely the 

'I'+(ionic) of Ec;:n. (8). Therefore, there are two types of resonance between ionic 

structures, which correspond to the existence of the two ionic wave-functions of 

Eqs. (7) and (8). To distinguish them, we shall put a + and - sign above the 

resonance symbol. Thus 

and 

'1'+ (ionic) 

(-) (+) (-) 
'I'3(MO) _ 'I'_(ionic) + B: B 

(+) (-) 

B :B 

(-) (+) (+) 

B: B 
(+) (-) 
B :a (8) 

Inspection of Eqn.(6) for 'I'2(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 'I'3(MO) 

( = 'I'_(ionic» from 'I'+(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 '1'+ (HL) and 'I' _ (ionic) refer to the behaviour of the 

wave-functions with respect to inversion through the centre of symmetry of the 

molecule. Thus '1'+ (HL) and 'I'+(ionic) are symmetric (even) and 'I'_(HL) and'l'_(ionic) 

are antisymmetric (odd).) 

TO summarize this section, we may writet 

t M%"e fully, the p8rallel-spln st8tes h8ve the valence-bond structures ~ ~ ~ ~ ~ ~ ~, and 
~ H for each of the spln-stetes of Eqn. (4) wlthSz = +1, 0 and -1. However, we (continued next pege) 
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(+) (-) (-) (+) (-) --- 8 :8 - 8: 8 

8-8 

---- x x 
8 8 

to obtain valence-bond structures for the singly-excited states of H2• According to 
x x 

Hund's rule of maximum spin multiplici ty, the parallel-spin state (II 8) has a 
(-) (+) (-) (+) (-) 

lower energy than has 8: 8 - 8 :8 with antiparallel spins. 

The w-electrons of ethylene may be similarly treate~ When one w-electron of 

the ground state 82C-==CB2 is excited, we obtain the valence-bond structures 

(-) (+) 
(-) 

(+) (-) 
X X XO xo 

H2C--CH2 and H2C--CH2 ~ H2C--CH2 

for the S = 1 and S = 0 excited states of lowest energy. 

For isoelectronic formaldehyde 8 2c-ga the corresponding valence-bond 

structures are 

and 

(-) (+) 
xo 

H2C---Q: 

(+) (-) 
xo 

H2C---Q: 

However, because oxygen is normally considered to be more elec1:ronegative than 

carbon, 
(-) (+) 

82C-0: .. 
the weight for 

(+) (-J 
82C--g: would be expected to be larger than that for 

9-2 n + .* TRANSITIONS 

For H2 CO, low-lying excited states are obtained when (essentially) a non

bonding (or lone-pair) oxygen electron of the ground state is promoted into a 

w-electron orbital. This excitation is normally discussed in terms of a molecular 

orbital description for the w-electrons, and we shall initially use this type of 

treatment here. 

The oxygen non-bonding electrons for the ground state occupy the 2s and 2pii 

orbitals of Fi~ 9-1. 

molecular orbital, namely 

The c-o w-bond involves a doubly-occupied w-electron 

(9) 

in which wc and wo are carbon and oxygen 2pw-orbitals and k > 1. 

The 2pn-electrons are less firmly bound than the 2s electrons, and therefore, 

less energy is required to promote a 2pii -e lectron. The 2pii -orbi tal is often 

(continued from previous page) shall usu"lly use only a single valence-bond structLre to represent an 
S = 1 sp In-state. 
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7To 

H==iB '\c 0 250 
/ -

H 

Figure 9-1 Lone-pair atomic orbitals for H2CO 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-O 11 *-orbi tal of Eqn. (10), 

with k* > 1. Two excited configurations may be constructed according to whether the 

* two singly-occupied orbitals (n and lICO) have parallel or antiparallel spins for the 

two electrons. Each excitation is designated as n + 11*, and the resulting configu

rations are given by Eqs. (11) and (12), together with the spatial wave-functions 

for the two singly-occupied orbitals. 

lI*CO 
* 

k lIC - 110 ( 10) 

2 * 1 1 .. * (lI CO ) (lI CO ) (n) , S 1 ; lICO( 1 )n(2) n( 1111CO( 2) ( 11 ) 

2 * 1 1 (lI CO ) (lI CO) (n) , S 0; * * lICO( 1 )n(2) +n(1111co(2) ( 12) 

Each of these excited configurations has a pauling "3-electron bond" compo

nent, namely (lIco)2(1I~0) 1, which is equivalent to the configuration (lIC) 1 (lICO) 1 (110 ) 1 

with two non-bonding electrons and one bonding electron (c.f. Section 3-6). The 

non-bonding electrons, which occupy the lIC and 110 atomic orbitals, have parallel 

* spins. If the lICO electron is assumed to have an Sz = +1/2 spin quantum number, 
x x 

then the valence-bond structure for this lI-electron configuration is C 00 (or CXoxO 

according to the pauling notation). In the configurations of Eqs. (11) and (12), 

* the n electron has its spin either parallel to or opposed to that of the lICO elec-

tron. Therefore the resulting valence-bond structures for the two excited states 

* that are obtained from the n + 11 excitations are 

(-%) (+%) 
X 0 X 

H2C-0: 
X 

and 

(-%) (+%) 
X 0 X 

H2C--0: 
o 

In Section 3-6 we have deduced that for any Pauling "3-electron bond", the 

valence-bond structure i . B is equivalent to the resonance of A . . 
B ++ A 

.. 
B. 



Therefore, we may write 

(-%1 (+%1 
x 0 x 

H2C-O: 
X 

(-%1 (+%1 
X 0 X 

H2C--O: 
o 
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and 

(+1 
~ 

(-) (+1 
xc x 

H2C--O: 
X 

(-I (+1 
~o X 

H2C--O: 
o 

Because the n orbital is orthogonal to each of the lIC and 110 cltomic orbitals, 

no bonding can occur due to the existence of opposed spins for the J1 and unpaired 11 

electrons in each of the latter structures for the S = 0 state. 

In summary, the valence-bond descriptions of the n + 11* excitations may be 

written as (-%1 (+%1 
X 0 X .f\ ~ H2C--O: 

H2C ==Q~ (-%1 (-~I 
•• ---- X X 
~ H2C- 0- O: 

with the parallel-spin state having the lower energy. X 

If a Heitler-London description of the c-o lI-bond is used, the ground-state 

configuration involves the atomic orbital occupancies of (lIC) 1 (110 ) 1 (n)2, s = 0, with 

antiparallel spins for the lIC and 'ITo electrons. When an n electron is excited, 

either one of the lIC or 110 orbitals becomes doubly-occupied to generate 

(lIc)2(110)1(n)1 and (lIc)1(110)2(n)1 configurations. Ignoring spins, the resulting 

valence-bond structures are 

(-I (+1 

and 

and resonance between these structures generates the pauling "3-electron bond" 

structures that we have previously describe~ 

lin -+ 1t*" 

The measured C-N and N-O bond-lengths for CH3NO are 1.48 A and 1.21 A (Section 
o 

2-3). pauling's estimates of 1.47 and 1.20 A for the lengths of C-N single and N-O 

double bonds suggest that the standard Lewis structure ;·R=O: re,asonably repre

CB3 

sents the ground-state electronic structure for CH3NO. The descriptions of the 

electronic states that are obtained by 11 + 11* excitations are similar to those 

described for both C2H2 and H2CO in Section 9-1. However the descriptions for the 

n + 11* excitations require some elaboration, because a lone-pair electron can be 

excited from either an oxygen 2pii orbital or a nitrogen hybrid orbital. 
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Thus, we may write 

(-%) (+%) (+%) (-%) 
* , 

h +11 N-O: 
~ /' ' , 

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 11 electrons. 

Because the ~ and lio atomic orbitals overlap (Fig. 9-1), these two structures 

will par~icipate in resonance, and a second pauling "3-electron bond" will be 

generated, i.e. we may write 

(-%) (+%) 

·N-O: /' ' , 

CH3 

(+%) (-%) 

(+) N---O: 
+-+ /' ' , 

CH3 

, . 
N~O: /. . 

CH3 
Alternatively, because the n-orbital configuration (~) 1(~0) 1 (iio) 1 for the 

pauling "3-electron bond" is equivalent to (nNO)2(n~0) 1 in which 

and .. * 
~O k ~ - 110 

.. .. 
we may describe the electronic excitation as an ~O + IINO excitation, i.e. as 

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, Nand 0 

atoms. The linearity will improve the overlap that exists between the hN and ii 0 

orbitals (hN "grows"into iiN) 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). 

0 3 is isoelectronic with CH3NO, and a linear S = 1 excited state may similarly 
.. .. 

be obtained by nOO + 1100 excitation. The resulting valence-bond structures are 

(-) (+) 
XO x 0 x 
:0-0-0: 
XO x 0 X 

(+) (-) 
X 0 X OX 
:0-0-0: 

X 0 X OX 

(-%) (+) (-%) (-%) (+) (-%) 
x 0 X OX 
:0-0-0: 
xo x 0 X 

and 
XO X 0 X 
:0--0--0: 

X 0 X OX 

In each of these structures, there are five 11- and five ii- (or five IIX and 

five lIy) electrons, which form two orthogonal 5-electron 3-centre bonding units. 

The S = 1 delocalized molecular orbital configuration for the ten electrons is 

3 formally identical with that for ~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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* * * 
nx + ny and nx + ~x 

For the (31:~) ground-state of O2 , the 1I-electron configuration is 

2*12*1. . - - - dh (1Ix) (1Ix) (1Iy) (1Iy) l.n whl.ch 1Ix:: 1100 = 1IA + 1I B , 1Iy:: 1100 = 1IA + 1IB etc., an t e 

* * * * antibonding 1Ix and 1Iy electrons have parallel spins (Section 4-3). If a 1Ix + 1Iy 

excitation occurs, with spin inversion, the (1Ix)2(1Iy)2(1I;)2 configuration is 

* * obtained with valence-bond structure :?-~.:. Similarly a 1Iy + 1Ix ,~xcitation with 

spin inversion generates the (11 )2(11*)2(11 )2 configuration with valence-bond struc-x x y 

Two linear combinations of these degenerate excited configurations 

may be constructed, and therefore two types of valence-bond resonance are possible, 

namely 

(+) (-) 

:0=0: - :0=0: and :? ?: 

In Section 4-3, it was indicated that the two electronic sta1:es that corre

spond to these resonances are designated as 11:; and l~g respectively. A second l~g 

state, which can be shown to be degenerate with that described above, is obtained 

from the (1Ixi2(1I~)1(1Iy)2(1I;)1 configuration, with opposed spins for the antibonding 

* * 1Ix and 1Iy electrons. The valence-bond representation for this latter state is 

x 0 x 
:0)(0: 
o 0 

(+) o 0 
• x • 
.~~. 

if the order of the antibonding spatial orbitals is (11*) 1 (11 *) 1 in each of the two x y 

configurations. (We may note here that the 

x x 
:o...s!....o: 

x o 0 

(-) o x 0 
:0--0: 

x 0 x 

resonance represents the Sz = a component of the 31:~ ground state.) 

* If a bonding 1Ix electron is promoted into the singly-occupied antibonding lIX 

orbital of 'the ground-state, the configuration (1Ix) 1(1I~)2(,ry)2(1I;) 1 is obtained 

(with either parallel or antiparallel spins for the two unpaired-electrons). The 

(11 )2(11*)1 and (1Ix)1(11*)2 configurations are respectively equivalent to y y x 
(iiA)1(1Iy)1(iiB)1 and (1IA)1(1I~)1(:B)1 •• The first of these generates the pauling 

"3 -electron bond" structure 0 • 0 _ 0 0 ..J,..:tl.. 0 O. However, the 

(1IA)1(1I~)1(1IB)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 0 o..i.:.l..... 0 0 with l:l..- originating from the antibonding character 

* of 11 x = 1IA - 1I B • When the electron spins are not indicated, the 

1 * 2 2 * 1 (1Ix) (1Ix) (1Iy) (1Iy) configuration may be represented by the following' resonance: 

(-~: ~+~) (-) (+~) ~:~) 
:~~~: ~ :'!-.-~: . 
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corresponding valence-bond structures may also be constructed for the 

(lIx )2(1I:) 1 hly) 1 hl;)2 configuration, and all four structures participate in resonance 

to generate excited 1l:~ and 1 "u states. We shall not elaborate on the nature of 

these states here; the chief purpose for introducing them is to show that (11) 1 hI *)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 antibondin~ 

UPEUBCB 

See for example (a) N.J. Turro, Modern Molecular Photochemistry (Benjamin-Cummings) 
1978; (b) W.G. Dauben, L. Salem and N.J. Turro, Accounts Chem. Res. 8, 41 (1975). 



CHAPTER 10 
PAULING "3-ElECTRON BONDS" AND "INCREASED VALENCE" THEOIRY FOR N204 

10-1 PAULING -3-BLBCTRON BONDS- AND -INCRBASBD-VALBNCB" S'fRUCTURBS FOR 

In Section 7-1, we used the N02 Lewis structures of types (1) and (2) to 

construct Lewis structures for N2 0 4 • To do this, we have spin-paired the odd

electron of one N02 moiety with the odd-electron of the other moiety, to obtain the 

Lewis octet structures (3)-(7) of Section 7-1 for N20 4 • In Section 6-1, we have 

also indicated that resonance between the N02 Lewis structures (1) and (2) may be 

summarized by using the pauling "3-electron bond" structure (3), w:lich 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 N02, it should be pos:,ible to use (3) 

to provide a more economical representation of the electronic structure for N204' 

This is achieved by bonding together two N02 molecules, each of which is represented 

by valence-bond structures of type (3). The resulting valence-bond structure 1 is 

(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 N02, valence-bond 

structure (4) for N2 0 4 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 N20 4 Ls obtained by 

writing down valence-bond structure (4). 

·0· ·o~ ·0· ·0· -0" 
" (+) 'N: '" (+Y.z) "(+Y.z) (+~,. N· ~ - N· I\I.~ • .. / .. / .. /- /. ,'.. ~ . .,,' ......... . • 0. ..0. -P. ~p • .:.-:' ____ __ ... ~.O; .. (-) 

(-Y.z) (-Y.z) (-Y.z) 

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

A comparison of the valence-bond structure (4) above, with eac:, 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" structure1 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 Lew is structures (3 )-( 6) of Sec1:ion 7-1, this 

"increased-valence" structure must be more stable than any of the component Lewis 
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structures. N20 4 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. In 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 N02 and the 

Lewis valence-bond theory for N20 4 • These theories may also be related to the 

molecular orbital theory of Section 7-2, 

connections in the next section. 

and we shall review these latter 

10-2 -INCREASBD-VALBNCB- STRUCTURES AND MOLBCULAR ORBITAL THBORY FOR N2 0" 

It is initially helpful here to re-examine the molecular orbital configuration 

{01s)2 for H2 (Section 3-3), with 01s = 1sA + 1sB• This configuration may be 

expressed as 'I' covalent + 'I'ionic' in which the'!' covalent and,!, ionic are given by Eqs. 

( 1) and (2). 

'I'covalent 'I'{H-H) ( 1 ) 

'I'ionic (2) 

The 'I'covalent is the Heitler-London wave-function for the electron-pair bond 

of H2 (Section 3-3). For the ten "mobile o-electrons" of Figure 7-2 for N20 4 (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 'I' covalent + 'I'ionic' in which'!' covalent = 'I' (02N--N02) and'!' ionic = 'I' (NO;NOi) + 

'I' (N0i'NO;). The 'I' covalent is 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 N02 moieties. 

A simplified derivation of this result for N204 may be obtained from further 

transformations of the orbitals for the six-electron conf iguration of Eqn. 7-10, 

namely Eqn. (8) hereto For this configuration, the s1' s3 and ~2 orbitals are 

def ined in Eqs. 7-1, 7-2 and 7-4. The symmetry orbitals s1 and s3 of Eqn. (8) may 

now be linearly combined to form the new molecular orbitals ~1 and ~j of Eqs. (3) 

and (4), for which the parameter jl is the same as that which occurs in the ~2 of 

Eqn. 7-4. The latter molecular orbital may also be expressed as Eqn. (5). In Eqs. 

* * (3)-(5), the ~L' ~R' ~L and ~R are the L-moiety and R-moiety N-O bonding and 

antibonding molecular orbitals defined in Eqs. (6) and (7). The molecular orbital 

configuration '1'1 (MO) of Eqn. (8) may therefore be transformed to give Eqs. (9) and 

(10). On expansion of Eqn. (10) in terms of the No2-moiety molecular orbital 

t Although for completeness we have formulated the 6-electron wave-functions as Slater determlMnts 

<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 'I' covalent and 'i'ionic: defined in EqS. 

(12) and (13). 

'1'1 (MO) 

I 

\1 2 )~ 111 (S3 + \lS1 )/( 1 + 

I \l2)~ 
"'3 (\l S3 - s1)/(1 + 

"'2 (s4 + \l S2)/(1 + \l2)~ 

"'L (ii 1 + \lh2 )/(1 + \1 2 )~; 

* (\Iii 1 - h2 )/(1 + \l2)~; 
"'L 

~ 
- ('i'covalent + 'i'ionic)/2 

'i'ionic = 

"'R = 

* 
"'R = 

("'L + "'R)/2~ (3) 

* + "';)/2~ ("'L (4) 

("'L - "'R)/2~ (5) 

(\lh3 + ii 4 )/(1 + \l2)~ (6) 

(-h3 + \lii 4 )/(1 + \l2)~ (7) 

(8) 

(9) 

(10) 

( 11) 

( 12) 

(13) 

Because the pauling "3-electron bond" "'~b"'~b"':~ :; -aa"'!bba (Section 3-6) when 

* "'ab and "'ab are normalized excluding overlapping integrals, the 'i'Govalent may be 

further transformed to give firstly Eqn. (14) and then Eqn. (15). In the latter, 

the 'I' 3 - 'I' 6 are the bond-eigenfunctions or valence-bond structure functions for the 

six electrons that occupy the ii l' h2 , h3 and ii4 orbitals of the Lewis structures (3) 

to (6) of Section 7-1 • 

( 14) 

(15) 
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10-3 -INCRBASBD VALBNCB- THBORY AND CONFIGURATION INTBRACTION FOR 

N2 0 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 N204• In particular, we shall demonstrate that the 'covalent 

of Eqn. (12), which contributes equally with 'ionic to the lowest-energy molecular 

orbital configuration, 1 (MO) of Eqn. (8), is the primary component of the lower

energy C.I. wave-function obtained by linearly combining '1{MO) with the "2{MO) of 

Eqn. (16). This result is similar to that which pertains for the ground-state of H2 

(Section 3-3). 

( 16) 

Because 1113 of Eqn. (8) is N-O antibonding (c.f. Eqn. 7-5), it is the highest

energy occupied orbi tal of "1 (MO). When two electrons are excited from 1113 to the 

vacant orbital 1114 of Eqn. 7-6, (which is both N-O and N-N antibonding), the lowest

energy doubly-excited configuration '2{MO) of Eqn. (16) is obtaine~ 

It is now helpful to express the 1111 of Eqn. (16) in terms of the orbitals 111; 

and 111; of Eqs. (3) and (4), in which the latter orbitals are defined in terms of the 

parameter Ii. with 1111 defined in terms of A according to Eqn. 7-3, we obtain Eqn. 

( 17) • 

(17) 

By substituting Eqn. (17) into the "2{MO) of Eqn. (16) and then expanding 

"2{MO) in terms of configurations that involve the 111;, lj/2' lj/~ and lj/4 orbitals, we 

..' **' obtain Eqn. (18), in which the '2' "2 and '1'2 are given by Eqs. (19), (21) and 

(23). By using techniques that are similar to those used to obtain Eqn. (11) from 

Eqn. (8), these three configurations may be transformed to give EqS. (20), (22) and 

(24). In the latter configurations, the 'I'covalent and 'ionic are given by Eqs. (12) 

and (13), and the ,* and ,** configurations are obtained from the, configurations 

by means of the excitations indicated in Eqn. (25). 

'I' 2 (MO) ( 18) 

,~ (MO) ( 19) 

(20) 

(21 ) 

(22) 
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** ** ~ 
- (-'I' covalent + 'I'ionic)/2 

* * 'I'covalent and 'I'ionic 

** 
'I'covalent 

** 
'I'ionic 

(23) 

(24) 

(25) 

Configuration interaction is invoked by linearly combining '1',(1110) with'l'2(MO), 

according to Eqn. (26). The coefficients C, and C2 are chosen so thilt the energy of 

this linear combination is a minimum, a necessary condition for which is that aElac, 

aElac2 = 0, where E=(C~H" + C~H22 + 2C,C2H'2)/(C~ + C~). The integral H'2 
A 2 

j'!',(MO)H'I'2(MO)d'[ may be shown to be equivalent to fflil3(1)liI4(2)(€! Ir'2 N 4(1) liI 3(2) 

dv,dv 2 , which is> O. For a finite N-N internuclear separation (r(NN» withH 22 > 

H", it is easy to deduce that Ic,1 > Ic 2 1 and that C, > 0 when C2 < O. By 

substituting Eqs. ("), (20), (22) and (24) into 'I'ClI we obtain Eqn. (27), which 

indicates that 'I'covalent for "increased-valence" structure (4) is the primary 

contributor to the lowest-energy linear combination of 'I',(MO) with'l'2(MO). 

'I'(CI) (26) 

* * 2 ** ** It.: 
+ C2{xY(-'I'covalent + 'I'ionic) + y (-'I'covalent + 'I'ionic)/2"} (27) 

When r (NN) ... ,,, , (MO) and 'I' 2 (MO) are degenerate and therefore C, = -c 2 

2-~ • The parameters). and \.l are also equal for this distance, and therefore x 

, and y = o. The 'I'(CI) of Eqn. (27) then reduces tO'l'covalent' i.e. this C.I. 

wave-function for N20 4 generates N02 radicals as dissociation product.s. The lowest

energy molecular orbital configuration, '1', (MO) of Eqn. ("), generates both N02 

radicals and NO; and N0i ions as dissociation products, and therefore is unsatis

factory at large internuclear separations; c.f. H2 of Section 3-3. 

There are four other S = 0 excited configurations that may be linearly 

combined with 'I' , (MO) and 'I' 2 (MO), but these are of less importance J:or the ground

state, i.e. the primary components of the "best" (lowest-energy) linl!ar combination 

of the sixS = 0 configurations are '1', (MO) and'l'2(MO) with Ic,1 > Ic 2 1 whenr(NN) is 

finite. 

In Sections "-7, "-9, '3-2, 13-8, '8-2 and 2.0-6, we shall discuss aspects of 

the bonding for a number of other molecular systems that, like N2 0 4 , 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 'I' covalent of 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 N02 leads to two equivalent types of valence-bond 

representations for the electron distribution in the N2 0 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 N02 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 N20 4 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. 

RBPBRBNCBS 

1. R.D. Harcourt (a) Theor. Chim. Acta, 2, 437 (1964); 4, 202 (1966); (b) J. 

MOl. struct., 9, 221 (1971); (c) Aust. J. Chem., 32, 933 (1979); (d) J. Amer. 
Chem. Soc., 102,5195 (1980); 103, 5623 (1981). 



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 i . i 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. In this c:hapter, we shall 

discuss one of them. It involves the spin-pairing of the unpaired-ulectron of i . it 
with the unpaired electron of either an atom Y or a second pauling H3-electron bond" 

structure C • o. 

11-1 PADLIBG ·3-BLBC~ROB BOBOS· ABO 4-BLBC~ROB 3-CBB~RB BOBOIBG 

TO construct a valence-bond structure for a 4-electron 3-cen1:re bonding unit, 

with a Pauling "3-electron bond" as a component, we commence by 'writing down the 

Pauling "3-electron bond" structure i . it with the electron spins indicated (x = 

II spin, 0 = B spin) as in (1) and (2) (Section 3-6). 

o 0 
A X B 

( 1 ) 

)( X 
A 0 B 

(2) 

x 
y 

o 0 
A X B 

(3) 

o 
y 

x X 
A 0 B 

(4) 

The next step is to introduce an atom Y with one unpaired-elec:tron, 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). 

!/sab 

y a b 

Figure 11-1 Spin-orbitals for electron distribu~ions of structures (3) and (4). 

Fig. 11-1 displays spin-orbitals for the electrons of (3) and (4), wl:en the atomic orbi

tals are s orbitals. Figs. 1-5 and 2-4 display other sets of atomic o:cbitals that we are 
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frequently likely to encounter. For the A-B bonding orbital ljIab = a + kb, which 

accommodates one electron, the bond parameter k is > O. 

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 orbi tals are 

centred, to give valence-bond structure (5) in which the electron spins are not 

specified. 

. .. , .. ---- ... . .. .... . 
Y--A B V-A B +---+ Y 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)1(ljIab)1(b)1 with ljIab = a + kb is equivalent to (a)2(b)1 + k(a)1(b)2, i.e. the 

pauling H3-electron bond" structure A • it is equivalent to the resonance of 

A B (Section 3-61. If we take account of the electron spins, then it 

follows that (3) summarizes resonance between structures (Sa) and (Sb), and (4) 

summarizes resonance between the same structures with the electron spins reversed, 

i.e. (9a) and (9b). The spin distributions of (Sa) and (9a) pertain to the Lewis 

structure (6); those of (Sb) and (9b) pertain to the Lewis structure (7). 

x 0 XO x ox 0 0 x ox 0 XO X 

Y A B Y A B Y A B Y A B 

(Sa) (Sb) (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). 

., .. --:-- .... 
Y A B 

(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 ,is 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 bJnding 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 o.f three electrons 

can participate in bonding. To do this, it is helpful to recall (Section 3-6) that 

the pauling "3-electron bond" configuration (a) 1 (1II a b) 1 (b) 1 for t:he valence-bond 

structure i . Ii is equivalent to the molecular orbital configuration (111 ab)2(111 :b) 1 in 

* * which 111 ab = a + kb and 1/1 ab = k a - b are the A-B bonding and antib()nding molecular 
• • x x 0 0 

orbitals. The one-electron bond of A • B (: A 0 B or A x B) is asnociated with the 

bonding 111 ab electron whose spin is opposed to that of the unpaired antibond1ng 111~ 
* 2 * 1 electron. When the 1IIab orbital of (1II a b) (1II a b) overlaps with the j;ingly-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 participate1 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" 

structure 1. We may conclude that an "increased-valence" structure summarizes reso

nance between several Lewis structures, and therefore, the "inc:reased-valence" 

structure must have a lower energy than has any of the component J:'ewis structures. 

x o o o x x 
y A X B y A 0 B 

Spin-pairing for fractional Y-A and Y-B bonding 

/* t y 

A-Bbonding A-B borlding 

Figure 11.2 Orbital occupations and bonding properties for "increased-valence" 
structure Y--A • i. The S = 0 wave-function for the spin-pairing is 
described in Section 15-1, but is not required here. Atomic orbital 
overlap integ,fals have been omitted from the normalization constants 
for 111 ab and 1/1 abo 
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In most elementary accounts of valence, the Lewis "long-bond" structures are usually 

omitted from consideration. The results of numerous calculations2 ,3 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 a tom B with the 

antibonding Y-A electron of the pauling "3-electron bond" structure Y • 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. 

. .. . .. -- --:.- ......... 
y A--B y A--B +---+- Y A B 

( 11 ) ( 12) ( 7) 

We shall now use "increased-valence" structures, with Pauling "3-el,ectron 

bonds" as components, to discuss the electronic structures for a number of molecules 

that have NO, 00, SS, SO or N02 linkages. Bond-lengths for them are reported in 

Tables 11-1 to 11-4. 

11-2 NITROSYL HALIDBS 

o 
The length of the N-O bond of FNO is 1.136 A, which is similar to the length 

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 • 

.. 
:F: 

(-%) (+%) . . . 
:N=O: 

\ (-%). (~%) 
---..,.~ •• N = 0: 

(13) (14 ) 
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r(N-O) r(N-X) r(N··O) r(N-X) 

NO(a)t 1.150 o NNO (j) 
2 2 1. '190 1. 782 

FNO(b) 1.136 1.512 O'NNO (k) 
2 1. '142 (NO' ) 1.864 

C!NO(c) 1.139 1.975 1.202, 1.217 (NO) 

BrNo(d) 1.146 2.140 FNO (1) 
2 1.180 1.467 

HNO(e) 1.209 1.090 CINO (m) 
2 1.202 1.840 

CH NO(f) 
3 1.211 1.480 CF NO (n) 

3 2 1.21 1.56 

CF NO(g) 
3 1.197 1.546 CCI NO (0) 

3 2 1 • ,21 1.59 

NO-(h) 
2 1.236 CH NO (p) 

3 2 1.:224 1.489 

NO (i) 
2 1.193 

t REFERENCES: (a) K.P. Huber and G. Herzberg, Molecular Spectra and Molecular structure, Vol. 4 (Van 
Nostrand Reinhold, 1979). (b) K.S. Buckton, A.C. Legon and D.J. Millen, Trans. Faraday Soc" 65, 1975 
(1969). (c) D.J. Millen and J. Pannell, J. Chern. 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. Chern. Soc., Faraday II, 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, 
J. Chem. Phys., 40, 3378 (1964). (J) B.W. McClelland, G. Gundersen and K. Hedberg, J. Chern. Phys. 56, 
4541 (1972). (k) A.H. Brittain, P.A. Cox and R.L. Kuczkowskl, Trans. Faraday Soc., 65,1963 (1969). (I) 
A.C. Legon and D.J. Millen, J. Chern. Soc. A., 1736 (1968). (m) D.J. Millen and K.M. Sinnott, J. Chern. 
Soc., 350 (1958). (n) I.L. Karle and J. Karle, J. Chern. Phys., 36, 1969 (1962). (0) W.M. Barss, J. 
Chem. Phys., 27,1260 (1957l. (p) A.P. Cox and S. Waring, J. Chern. Soc. Faraday II 68,1060 (1972). 

Table 11-1. Bond lengths (A) for some nitrosyl and nitro compounds. 

reO-Oj reO-X) reO-Oj reO-X) 

02 (a)t 1.207 CF300Cl(f) 1.447 1.699 (O-Cl) 

FOOF(b) 1 .217 1.575 1.372 (O-C) 

HOOH(c,d) 1.475 0.950 CF300F(f) 1.366 1.449 (O-F) 

1.452 0.965 1.419 (O-C) 

CF300CF3(e) 1.419 1.399 H02(g,h) 1.335 0.977 

CF300H(f) 1.447 0.974 (O-H) 1.329 0.975 

1.376 (O-C) °3(i) 1.272 

t REFERENCES: (a) Ref. (a) of Table 11-1. (b) R.H. Jackson, J. Chern. Soc. 4~j85 (1962). (c) A.L. 

Redington, W.B. Olson and P.C. Cross, J.Chern. Phys., 36, 1311 (1962). (d) G. I(hachkuruzov and I.W. 
Przherolskll, opt. Spectrosk., 36, 172 (1974). (e) C.J. Marsden, L.S. Bartell and F.P. Diodati, J. Mol. 

Struct. 39, 253 (1977). (f) C.J. Marsden, D.D. DesMarteau and L.S. Bartell, I,org. Chern., 16, 2359 
(1977). (g) Y. Beers and C.J. Howard, J. Chern. Phys., 64, 1541 (1976). (h) R.P. TJckett, P.A. Freedman 
8nd W.J. Jones, Mol. Phys., 37, 403 (1979). (1) J.-C. Depannemaecker and J. Bellet, J. Mol. Spectr., 66, 
106(1977). 

Table 11-2 Bond-lengths (i) for some molecules with 0-0 linkages. 
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r(s-s) res-x) r(s-S) res-x) 

S (a)t 
2 1.889 HSSH(e) 2.057 1.327 

FSSF(b) 1.888 1.635 CH SSCH (f,g) 
3 . 3 2.023 1.806 

ClSSCl (c,d) 1.931 2.057 2.029 1.816 

1.950 2.055 CF SSCF (h) 
3 3 2.030 1.835 

F Ss(b) 
2 1.860 1.598 SF (i,j) 

4 1.545, 1.542 (eq) 

1.646, 1.643 (ax) 

t REFERENCES: (a) Ref. (a) of Tab I ell-I. (b) R.L. Kuczkow sk I, J. Amer. Chem. Soc., 86, 3617 (1964). 
(c) B. Beagley, G.H. Ekersley, D.P. Brown and O. Tom linson, Trans. Faraday Soc., 65, 2300 (1969). (d) 
c.J. Marsden, RoD. Brown and p.o. Godfrey, J. Chem. Soc. Chem. Comm. 399 (1979). (e) Go Wlnnewlsser, M. 
Wlnnewlsser and W. Gordy, J. Chem. Phys., 49, 3465 (1968). (f) B. Beagley and K.T. McAloon, Trans. 
Farad. Soc., 67, 3216 (l971l. (g) A. Yokozekl and S.H. Bauer, J. Phys. Chem., 80, 618 (1976). (h) C.J. 
Marsden and e. Beagley, submitted for publication. (Il WoM. Tolles and W.o. Gwinn, J. Chem. Phys. 36, 
1119 (1962); (j) K. Kimura and SoH. Bauer, J. Chem. Phys. 39, 3172 (1963). 

Table 11-3 Bond-lengths (A) for some molecules with S-S linkages. 

r(s-o) reS-X) r(s-o) res-X) 

so(a)t 1.481 HSO(e) 1.494 1.389 

F so(b) 
2 1.413 1.585 so (f) 

2 1.431 

FSO(c) 1.452 1.602 s20(g) 1.464 1.882 

Cl2s0(d) 1.443 2.077 osso(h) 1.458 2.025 

CH SOli) 
2 1.469 1.610 

t REFERENCES: (a) Ref. (a) of Table 11-1. (b) N.J.O. Lucas and J.G. smith, J. Molec. Spectr., 43, 327 
(1972); (c) Y. Endo, S.Salto and E. Hirota, submitted for publication. (d) I. Harglttal, Acta Chem. 
Acad. SCi. Hung. 59, 351 (1969). (e) N. Ohashi, M. Kaklmota 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 O.R. 
Johnson, J. Chem. Phys., 60, 5000 (1974). (h) F.J. Lovas, E. Tiemann and O.R. Johnson, J. Chem. Phys., 
60, 5005 (1974). (I) R.E. Penn and R.J. Olsen, J •. MoI. Spectr., 61, 21 (1976). 

Table 11-4 Bond-lengths (A) for some molecules with s-o 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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.. :F: ._-
(4"', (+) .. '. _.N=O: 

(16) 

··F··H . . .. 
(+) 

_.N=O: 

(17) 

We may construct similar types of "increased-valence" structures for clNo and 

BrNO; each of these molecules has a long ni trogen-halogen bond, and an N-O bond

length similar to that of free NO. (The N-Cl and N-Br bond-leng'ths of 1.99 A and . . . 
2.14 A are longer than pauling's estimates of 1.73 A and 1.86 A for the lengths of 

N-Cl and N-Br single bonds4 ). The orbital overlap for the "increased-valence" 

bonding unit of (14) is of the C1 + ii type displayed in Figs. 1-5 ar.,d 2-4 for FNO; a 

nitrogen hybrid orbital overlaps simultaneously with a halogen po-orbital and an 

oxygen ii-orbital. 

The more familiar valence-bond explanation of the bond properties for FNO 

involves resonance between the standard Lewis structures (15) and (17). In 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 ni'crosyl halides is 

slightly shorter than that of free NO, and resonance between "inc:reased-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 Illectroneutrality 

principle suggests that this should not be the case, and this is supported by the 

results of valence-bond calculations by Roso5. For the valence-bond structures 

(15), (16) and (17), R'oSO has calculated coefficie'nts 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),~ith zero formal 

charges on all atoms, must have a rather larger weight than has (17)t. 

t Rosa's bond-eigenfunction coefficients that we report here and In other sections, .'ere c81culated using 
non-emplrlcal velence-bond procedures. For the electrons that were explicitly 1",:1 uded in the bond
eigenfunction configurations, all Integrels that arise In the valence-bond calcula""lons 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 Is electrons were omitted, whereas all 
of the electrons were Included for the HNO calculation (section 11-3). In Section 11-10, the bond 
eigenfunction coefficients for FN02 were calculeted 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 11 + ii-electrons of CH2N2 
(section 22-4). Except for HNO, we have reported here only the bond-eigenfunction c:oefflclents for the 
valence-bond structures that are explicitly discussed In the text. 

It should be noted that bec8use the bond-eigenfunctions lire not orthogonal In these calculations, 
the velence-bond weights are not equel to the squares of the bond-eigenfunction coeff Iclents. However, 
the magnitudes of these coefficients should provide a reasonable qualltetlve guide to the rel8tlve 
Importence of certain valence-bond structures for the ground-state resonance descrllJtlon of a molecule. 
(No doubt better valence-bond calcul8tlons may be performed by other workers In the future, but the 
results of Rosa's studies are In accord with the expectations of the electroneutrallty prlnclple.l. 
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o 
The N-O bond-length of 1.21 A for CH3 NO is similar to pauling's estimate of 

o 0 

1.20 A for an N-O double bond, and 0.06 A longer than that for free NO. The C-N 

bond-length of 1.48 A is similar to the C-N single-bond length of 1.47 A for CH3NH2• 

The "increased-valence" structure (18), which may be obtained by spin-pairing the 

odd-electron of CH3 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 bon~ 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. 

CH3 

~-Yz). ~+Yz) 
_.N=O: 

~~~-
(-r ...... (+) .. ""' . 
.• N=O: 

(18 ) (19 ) (20 ) 

H H 

\ (-Yz). ~+Yz) 
•• N=O: 

\ .. 
.N=O: . 

(21 ) (22) 

o 
For HNO, the N-O bond-length of 1.21 A is also similar to that of a double-

bond. However, the N-H length of 1.09 A is 0.07 A longer than the N-H single bonds 

of NH 3 • 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 CH 3NO 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 moleculet • 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 I'<-F (a) single bonds compared with those for I'<-H and I'<-CH3 single bonds. For 
III ustrat I ve purposes here we sha II assume that the nitrogen and carbon orb I ta I s are respect I ve I y sp2 and 

sp3 hybr I d I zed, and that the fluor I ne and hydrogen orb I ta I s are 2po and 1 s. The resu I t I ng 5 I ater orb I ta I 

overlap integrals are then 0.3 2, 0.5 2 and 0.6 1 for the N-F, N-H and N-CH3 bonds. With approximate 

molecular orbital theory for 4-electron 3-centre bonding units (~ectlon l4-2), the much larger I'<-H and 

N-C o~erlap Integrals must raise the energies of the anti bonding 0NH and 0NC orb~tals relative to that of 
the 0NF orbital, I .... the latter orbital Is more accessible for the oxygen 2pll electrons of FNO. The 

greater electronegatlvlty of F relative to CH3 and H w III also re-enforce the greater tendency for the 
oxygen 2pii electrons of FNO to delocallze. Similar considerations are also appropriate for F202 vs H202 

(Section 11-4), F2S2 vs H2S2 (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. 

RNO, ROS05 has calculated the following valence- bond wave-function: 
H ~. 1-) ~ __ _ 
\ 1+) 1-) .... , 1+) - ~. . 

0.70 'i'(.N=O.:) + 0.04 'i'(-.N=O:) + 0.07 'i'( .~'J:==O:) + 0.27 
tl 1-) i+) •• HI-) H 1++) 

+ 0.11 'i'(.t'l=0:) + 0.0003"'i'(:~-0:) 

'i'(RNO) 

H 1+) 
I;) •• 

'i'(Jl==O:) 

For 

The bond-eigenfunction coefficient of 0.07 for the "long-bond" s':ructure provides 

theoretical support for the unimportance of this structure, and the lengthening of 
u(+) 

the N-R 

u(-) 
bond for HNO may arise from the contributions of the structures 

•• < -) •• 
-1'==0: and 

•• (+) .. 

.~=O: to the ground-state resonance. 

N-O double-bond. 

Each of these latter structures retains an 

As we have found for the nitrosyl halides, if a hydrogen atom or CH3 is 

replaced by the more-electronegative halogen atoms, the pauling "3-electron bond" of 

NO in the nitrosyl compound can be stabilize~ For CF3NO, the electronegativity of 

CF3 should be intermediate between those of CH3 and F. Therefore, Bome 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 sho.rter than those of 

CR3 NO and RNO. Both of these inferences are in agreement wi th the observed bond

lengths of Table 11-1. 

11-4 SOKB DIOXYGBRYL COKPOURDS 

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 F20 2 and H20 2• These valence-bond structures 

indicate 0-0 bond properties which are similar to that of free 02' and long, weak 

O-F and O-H bonds. 

x x ·0_° __ 0· 
·x ° x· 

F 

. / 
·0--·-0· i . .. . /H 

·0--·-0· i . .. 
H 

H 

.. / 
:0----0: / .. 

H 
F 

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

For F20 2 , (24) is a suitable valence-bond structure; the 0-0 lengths of 02 and 
o 

F 202 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 F20. However, the O-H lengths of H202 are almost identical 

to those of the single bonds of H20, and the 0-0 length is similar to that of the 

2-single bond of 02 ' whose valence-bond structure was derived in Section 4-2. The 

Lewis structure (26) for H2 0 2 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. 

(+%) (-%) (-%) (-%) . . 
·O~O: i . . . . . 

:0-0: / .. 
H 

x x :0 __ ° __ 0: .. .. 

F 

(27) (28) (29) 

The radicals F02 and H02 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 02" "3-electron bond" 

structure (29) (Section 4-3). The results of some force constant calculations6 

indicate that the 0-0 bond of F02 is similar in strength to those of 02 and F2 0 2 , 

whereas the 0-0 bond of H02 resembles that of OZ' Valence-bond structures (27) and 

(28) show these relationships. For H02' the hydrogen atom is not able to stabilize 

appreciably the development of a Pauling "3-electron bond" for the 4-electron 
o 

3-centre bonding unit, and the 0-0 and H-O bond-lengths of 1.335 and 0.977 A 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, CF 300H, CF 300CF3 , 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-O AND S-S COMPOUNDS 

The valence-bond structures for the ground-states of S2 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 F2 S2 , and for F2 SO. For both F2 S2 isomers, 

these "increased-valence" structures imply that the S-S bonds should have lengths 

that are similar to those for free S2' 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 SF4 , with lengths of 1.54 A are single-bonds; the standard 

p :;'1-) 

p \(+) p ··s+) 
Lewis structures, namely p::=:: S: and p:;:::s,.' indicate this to be the case.) On the 

··1- ) :1'. I' 
other hand, the reported bortd-lengths for H2 S 2 and (CH3)2S2 indicate that these 

molecules have S-S single bonds, with the hydrogen and methyl :radicals unable to 

stabilize the Pauling "3-electron bonds" of S2' 

x 0 X 
·S-s· 
·X 0 x· 

(30) 

X 0 X 
·S---O· ·x 0 x· 

(31 ) 

F 

. / 
:S-+-S: / . 

F 

(32) 

F F 

\ . . 
·S---S" i . ." \ . . 

·S---O· i . .. 
F F 

(33 ) (34) 

From "increased-valence" structure (34) for F 2 SO, we would predict that the 

S-F bonds should be longer than the single-bond length of 1.54 A, and that the s-o 

length should be similar to that of free SO. Although lengthening of the S-F bonds 
o 0 

is observed, the s-o bond-length of 1.41 A is shorter than the '1.48 A 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-o bond-number + bond-order 

exceeds the value of 2 that occurs in (31). Similarly, for FSO, "increased-valence" 

structure (36) will participate in resonance with (37), from which it may be deduced 

that the S-F and S-O 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 

and 1.452 A are in accord with this deduction. 

F 

\ • (~%l 
:8===0: 

(+%l . . 
:8"";-0: / . 

F 

:S~O: 

.F·. (-'LI 
•••• 12/ 

:F: I-%l (35) (36) (37 ) .. 
The above theory is also appropriate for Cl2 SO, whose S··Cl and s-o bond-

o 0 

lengths of 2.077 A and 1.443 A are respectively longer than the S-Cl single-bond 
o 

length of 2.014 A for CH3SCl, and shorter than that for free SO. 

For HSO, a valence-bond structure similar to (36), with H replacing F, 
o 

accounts Simultaneously for the observations that the s-o length of 1.494 A is 
o 0 

similar to the 1.481 A for free SO, and that the S-H length of 1.389 A is longer 
o 

than the single-bond length of 1.336 A for H2 S. However, on the basis of the 

discussion in Section 11-4 for H02 , it would be expected that the H-S bond length for 
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HSO would be similar to those for HS and H2S, and that the s-o bond-length would be 

appreciably longer than that of free SO. 

In Sections 11-2 to 11-5, atomic orbitals for the "increased-valence" bonding 

units are of the a + ii (Fig. 1-5) type. The Y--A bonds are a-bonds. We shall now 

describe some examples of "increased-valence" structures that involve Y--A TT-bonds 

as well as a-bonds in the "increased-valence" bonding units. For 4-electron 

3-centre TT-bonding, the orbital overlap is displayed in Fig. 2-4. 

Oxygen and sulphur a toms (:90· and :~:) 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 02' SO and S2' we 

may obtain the "increased-valence" structures (38)-(41) for 0Jl S02 and S2' 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 03 and S02' 

A 
./ , .. 
.. q q. 

(38) (39) 

s 
"s/~o· -. . .. 

(40) (41) 

Each of (38)-(41) has two "increased-valence" bonding units, which may be 

rearranged to obtain "increased-valence" structures such as (42)-(45), for 03 and 

S02' 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. 

.. 
/.~ . A A 

. /' "0/ ~o· ./ ~d· 

.A~ .0._ .p. ·P.- e. • .- .p .. -
(-%) (+%) (+%) (-%) (-%) (+%) (+%) (-%) 

(42) (43) (44) (45) 

Each of the "increased-valence" structures (38) and (39) has an 0-0 double 

bond similar to (23) for 02' and a fractional 0==0 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 e,f adjacent oxygen 

atoms. Consequently, it is not surprising that the bond-lengths of 1.278 A for 03 . 
are longer than the 1.207 A for the double bond of 02' On the other hand, resonance 

between (38) and (39) for 502 (with A = 5) does not account for the observed 

shortening of its 5-0 lengths (1.431 A) relative to the 1.481 A for free SO. 

The nitrite anion, N02-, is isoelectronic with 03' and its N-O bond-lengths of 

1.24 A are about 0.04 A 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 ° 
and NO-. The anion NO- is isoelectronic with 02' and therefore, its valence-bond 

(-) 0 0 

structure :~+'l: has two pauling "3-electron bonds". 

11-7 PAULIRG -3-BLBCTROR BORDS- ARD 6-BLBCTROR 4-CKRTRB BORDIRG: 

R2 0 2 , C1202' 8202 and S2I.~+. 

In Fig. 11-3, the orbital occupations and electron spins are displayed for 

two equivalent pauling "3-electron bond" structures;' 0 Band Coo. When the 

atomic orbitals of these two structures overlap, the unpaired-electrons may be spin

paired to generate the "increased-valence" structure (46), for whic'h 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 Lewi'; structure (47). 
• 0 .. 

Because A • B = A 
• 0 

B-A 
.. . . .. 
Band C • D = C 

. . 
D-C 

00 

D, it ma.y be deduced that 

"increased-valence" structure (46) is equivalent to resonance bet'ifeen the standard 

Lewis structure (47) and the "long-bond" Lewis structures (4E;), (49) and (50). 

Because no B-C bond is present in each of the latter three structul:es, 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 ele'~tron-pair bond. 

o 

A B--C 

(46) 

. ,--- -:.- ........... 00 

ABC A 

(48) 

,--- ... .' .. '. BCD 

(49) 

B--C 

(47) 

,.,._ .. _--......... -.., . .. .. " 
ABC 0 

(50) 

The discussion above is of course a generalization of that doscribed previous-

ly in Section 10-1 for N2 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 ~, a + ; (Fig. 1-5), or a + 6 (Fig. 8-2) or a 

(Fig. 2-6) in character. 

Spin-pairing for fractional A-C. A-D. B-C and B-D bonding 

ifi:b t---- ---~ !/J~ ifi:b ........... t !/J :d 

c.ol CoD non-

bonding bonding 

!/Jab ,N !/Jed !/Jab ,it !/Jed 
A-B bonding CoD bonding A-B bonding CoD bonding 

x x o 0 o 0 x x 
A 0 B C x 0 ~A x B C 0 o 

Figure 11-3 orbital occupations and bonding properties for "increased-valence" 
structure i . B-C • D. 

Each of NO and C10 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 anti bonding ~*-electrons of two monomers in a 

a + ii 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. 

(-%) (-%) 

"N---N" 

;. \ 
. p. .0 .. 
(+%) (+%) 

(51) 

•• (-%) 
O· 

(+%) /,., 

:CI---.CI. I .. (+%) 

.' .p. 
(--%) 

(54) 

(+%) 
O· 

.!-%) f 
N--N I ... (-%) 

.p . 
(+%) 

(52) 

(-%) 
;0.: 

'O---CU I .. (+%) 

,tI, 
(+%) 

(55) 

(-%) 

(-%) (+%) 

'N---O' 

! \ _.0. .N._ 
(+%) 

(53) 
(-%) 

, " (+%) 
. CI 

(:~) /' " 
:0---0: 

/ .. (-%) 

:!:I, 
(+%) 

(56) 
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Both cis and trans conformers for ONNO are known8 , with cis more stable than 

trans. The additional stability of the cis conformer is associated with cis 0-0 

overlap9; in valence-bond -theory, this occurs primarily via the oxygen 2pii-orbitals 

(Fig. 1-5; c.f. N2 0 4 in Section 7-3). The stabilization energy for covalent-ionic 

resonance of the type (57) - (58) is cis 0-0 overlap dependent ('Section 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). 

1-1 (-) 

N: ,.N l" 
.. ·5 s· N i,,"; \ ........ \ I' \. 

. 9·; ·A· .. q. q . :P. .q. 
(+) (+) 

(57) (58) (59) 

Dinerman and Ewing 10 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 mol- 1 (c.f. 250 kJ mol- 1 for N2 H4 , Se-:tion 7-1). Ab

initio molecular orbital9 estimates of the N-N bond-lengths for the cis and trans 
o 0 

dimers are 1.768 A and 1.686 A. (A number of ab-ini tio studies have been reported 

more recently 11). The N-N and N-O bond-lengths and the ONN bond-angles for the cis 

isomer in the gas phase have been estimatedB to be apprOXimately 1.75 i, 1.15 i and 

90 0 • Molecular beam electron resonance spectroscopy 12 of the ga.seous cis isomer 

give 2.33 (12) A, 1.15 (1) A and 95 (5) 0 respectively for these len~jths and angles. 

For the molecular crystal1 3,14, the N-N length of 2.18 ;. is very long (c.f. 1.45 A 

for N2H4' Section 7-1). The ONON isomer has been characterized receJltly8, 15, with a 

weak N-O bond linking the NO moieties. The bond-lengths for Cl20 2 have not yet been 

ascertained, but isomers of types (54) and (55) are considered to have been 

detected 16-18. Essentially" increased-valence" descriptions of the bonding for 

Cl20 2 have been provided by Linnett19• 

The geometry for a cis dimer of SO has been reported, with S--S and s-o bond-
o 

lengths of 2.025 and 1.458 A. The SO monomer, with two pauling "3-electron bonds" 
o 

in its valence-bond structure (31), has a bond-length of 1.481 A. On dimerization, 

"increased-valence" structure (59), with fractional S-S 0- and TT-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 
o 

in (59» is appreciably longer than the length of 1.89 A for the double-bond of S2. 

The geometry (Fig. 11-4a) for the cation S2I~+ has been reported recently20. 

A convenient "increased-valence" structure, namely (b) of Fig. 11-4, can be con-

* * structed by spin-pairing the antibonding TTX and TTy electrons of ground-state S2 with 
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the unpaired-electrons for two I; 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 A for free S2 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). In each S2I; component of these 

IiItructures, 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 

bond-lengths are much longer than the estimate21 of 2.37 A for a "normal" S-I single 

bond. 

(+%1 (+%1 (+%1 (+%1 .. .. .. . . 
:I I: :I I: 

\ I :s s: :s s: 

\ \ \ \ 
:1 I: :}. .~: .. .. 

(+%1 (+%1 (+%1 (+%1 

(al (bl (el 

Figure 11-4 Bond-lengths and" increased-valence" structures for S2I~+. 

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 sui table "increased-valence" structures for 

NO; by bonding together 0 with NO-. By combining 0- with NO, and 0 and NO, we may 

obtain "increased-valence" structures (60) and (61) for NO; and N02• 

+ .' . ·R· 

(-%1 

:N, 
.0, 
(+%1 

N 
----+ ,q./ ~Q. 

(-I (+%1 

(60) 
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+ .N, 

.0, 
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(-%) 

N 
~./, 

. .0, .0 •. 

(+%) 

(61) 

These "increased-valence" structures, together with their mirr()r images, indi

cate that the N-O properties for both systems should be very similal:. However, the 

measured lengths of 1.24 A (N0i) and 1.19 A (N02 ) differ significantly. E.s.r. 

studies22 of N02 indicate appreciable unpaired-electron charge (abol1t 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 struct.ures of NO; and 

N02• However, if we use an excited state for NO, we can generate .a more suitable 

type of valence-bond structure for N0 2• The valence-bond struct:ure 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 11* orbital which is vacant in (62). 

* This ~ + 1INO promotion generates the valence-bond structure (63), with two Pauling 

"3-electron bonds". 

(-%) (+%) N ;("N, 
~ 0: ~ ·N-=-O· ~~o.. E .. 

·0 .... • ~O .. .. . .. 
~. ~ 

(62) (63) (64) (65) 

By bonding (63) for NO to an oxygen atom (ag·) in its ground-state, 

"increased-valence" structures (64) and (65) are obtained for N02 • Resonance 

between these structures generates fractional odd-electron charge on each atom and, 

when compared with (38) ++ (39) for Noi, this resonance accounts for the observed 

shortening of the N-O bond-lengths of N02 relative to those of N0i. 

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 1I-bon~ 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 N0i, and (64) and (65) for N02, involves the electronic 

reorganization displayed in Fig. 11-6 for "increased-valence" structures (60) 

and (61). This involves the delocalization of non-bonding electrc.ns into bonding 
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(+1 (+1 . . .. . . 
N N N N 

"0/ "0· ·b/'-o· ·b/~· ·0/ '0"-.. . ... .. ~ .- .. .. .. -. " .-
(-I (-I 

(b) (d) (a) (c) 

I-I (-I . .. .. 
N N N 

.. / .. " .. ~/ .. " . :p,/··"O . .. 0.-. _____ .q. .. 0 ..... _______ 0.- . .... ___ --e .. 
(e) (f) 

1+1 1+1 
(g) 

Figure 11-5 component valence-bond structures for N0 2 "increased-valence" 
structures (64) and (65). 

orbi tals (Chapter 12), and si

multaneously, the transfer of a 

bonding electron into an atanic 

orbital. Similar types of 

electronic reorganization are 

also displayed in Fig. 11-6 for 

Cl02' S02 and S03' when they 

are formed from ° + 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. 

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 N20 4• The 

N-N and N-F bond-lengths for 

N203 and FN02 are also longer 

than single bonds (Table 11-1). 

H~I 

r)(N~ 
I_I ~p;~ ~'"A- (+%1 

1+%1 

C·a· 
h X ~d' ""'1--,- ... 

.. 
-0: 

d. 
~Q~o; 

I-I 

1+%1 
·ci· 

./ ~ .. .p. .0, 
(-%1 

(-%1 
"S· 

---+ o'J/~ . 
.. 0. .0, 

(-%1 

.. 
0: 

" 
S 

./~. 
;Po .P: 

Figure 11-6 Construct.ion of "increased-valence 
structures for Noi,_ N02 , C102 , soi 
and S03 from NO + 0, NO + 0, ClO 
+ 0, SO + 0- and SO + ° + 0. 
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By using the NO and N0 2 valence-bond structures (62) and (64) of section 11-8, 

together with the reactions N02 + N02 , NO + N02 and F + N02 , we may construct the 

"increased-valence" structures (66)-(68) for N2 0 4 , N2 0 3 and F"N0 2 • It is easy to 

deduce that "increased-valence" structure (66) for N204 summarizes resonance between 

16 Lewis octet structures, namely those of Fig. 11-7. Of these la1:ter structures, 

eleven do not have N-N electron-pair bonds, and the absence of formal charges for 

some of them suggests that they make important contributions to t.he ground-state 

resonance description of the electronic structure. consequently, the N-N bond

number for the "increased-valence" structure (66) is rather less th.~n unity, which 

implies that the N-N bond for N204 is longer than a single bon~ ~~he lengthenings 

of the N-F and N-N bonds for FN02 and N203 may similarly be deduced from an examina

tion of "increased-valence" structures (67) and (68). 

-0. ·0· ·0· "0· 

\ I I (~~) I 
N N F N N---N 

. 1 \. \ . I \. 

. p. .q . . .. .p. .0._ 
(+%) 

(66) (67) (68) 

"Increased-valence" structure (68) for FN02 summarizes resonanc:e between the 

Lewis octet structures of Fig. 11-8. Two of them carry zero formal c:harges on all 

·0· ·0· 
,\(+) (+) ~ 
N-N 

.. r! ~o: 

... H H·· 
a 

·-d- ·0· 
i'H (+)~ 
: :N: .N 
'/ ~~~ \.. 
1/;............. "01'. O· • 

.. (+) e H· •. 

·0· ·0· 
'\ (+) ~ 

N: .N .. /, ... , ............ '0·· .0· _ •. _ . (-) 
b 

·0· ·0· 
i~ ~ , . . 
I •• .N ,/ .. ~ ~ , ~~ . ....... . 

• $l. -q: 
f 

.y, (-) (-) Jt 
: :N: :N: I 
!/ ,: .0·------ -·0 . 

• (+) (+) • 

.... ·0· 
0, # 
'N: :NV 

. / , .. :p.---------q. 
c 

·0· ·0· 
i' (+)~ 
I :N--N 

1/ ~.n: .P.. M 
(-) 

d 

.~ (-) I· 
: :N: :N 
i/ , .. 0·--------·0 . •• (+) • 

9 

Figure 11-7 component octet Lewis structures for N204 "increased-valence" structure 
(66). (Equivalent mirror-image structures are not displaye~) 
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atoms, and involve a "long" O-F or 0-0 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 N2 0 4 , N2 0 3 and FN0 2 , 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 A. 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). 

·0· ·0· iO\ ·0: 
(+)/ :1 (.)/\ 

F N F·, F N: I F. ·N· I 

\ .. "" \<1. \J 
' •• I 

" \' ..... , 
.~. ·H· ....... c( 

0.14 0.26 .......... 0.32 0.14 •• 

(a) (-) (+) 

Figure 11-8 component Lewis structures for FN02 "increased-valence" structure (67), 
together with bond-eigenfunction coefficients24• 

In Section 6-5, we have given consideration to the valence-bond structures of 

type (69) for sym N03 • An "increased-valence" structure for this radical may be 

obtained by spin-pairing the odd-electron of N02 with an unpaired electron of an 

oxygen atom in its ground-state, when the N02 is represented by an "increased

valence" structure of type (64). The resulting "increased-valence" structure for 

sym N03, 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 ~-electron atomic orbital in these valence-bond struc

tures is in accord with the results of e.s.r. measurements and molecular orbital 

considerations25 • 

.. 
:0 :0 

II (+) 
N . /' "0" .. q. . ... 

1/ 
N 

./~ . .. q. .0. . 
(-) (+%) 

(69) (70) ( 71) 
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Fateley et al.26 have identified an asym N2 0 4 isomer ONON02 in a nitrogen 

matrix, and have assigned infra-red frequencies of 1654 cm- 1 and 1290 cm-1 to the 

asymmetric and symmetric stretches of. the nitro (N02 ) linkage. These may be com

pared with 1748 cm- 1 and 1261 cm- 1 for the sym N204 (02NN02) isomer27 in a nitrogen 

matrix. (The gas-phase frequencies28 for the latter isomer are 1758 cm- 1 and 1264 

cm- 1.) An 1829 cm- 1 frequency for asym N204 is similar to the 1876 cm- 1 frequency 

for the N-O stretch of free NO, and both are rather larger than the 1562 cm- 1 and 

1564 cm- 1 stretching frequencies for the N-O double bonds29 of HNO and CH3NO. 

"Increased-valence" structures of type (70), which may be generated by spin-pairing 

the odd electrons of NO and N03 with the valence-bond structures ()f (62) and (70), 

are in accord with these observations. 

Very recently, the peroxy 02NO isomer of N03 has been identiJ:ied30 as ~ne of 

the products of the gas phase reactions NO + 02 and NO + 03. "Increased-valence" 

structures for the cis and trans isomers may be obtained by sl.in-pairing the 

unpaired electron of (62) for NO with one of the unpaired electrons of (23) for 02' 

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 ()f the diatomic 

systems leads quickly to suitable polyatomic valence-bond structurel!. For N02, 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 ot.her 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 mal' be done. 
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CHAPTER 12 
INCREASED-VALENCE STRUCTURES CONSTRUCTED FRO" 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. In 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). 

V--A 

(1) 

. 
B 

o 
V 

x X 
A 0 B 

(2) 

X X 0 0 

o 0 
A. X B 

The wave-functions for the A 0 B and A X B structures of (2) and (3) utilize 

the orbitals a, ~ab = 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 Sz spin quant:um numbers for 

the electrons that occupy these orbitals are +l:!, -1:1, and +1:1, and -1:1, +l:Iand -l:!. We 
X X 0 0 

may obtain the valence-bond structures A 0 B and A X B by starting with the electron 

arrangements of 

X 
A 

OX 
B and 

and then delocalizing an s z = +1:1 (x) or s z 

orbital. Thus, we may write 

X nx X 
A B --.-.A 0 

X 
B and 

o 
A 

xo 
B 

-1:1(0) electron of B into a bonding A-B 

o no 0 
A B ---.--.. A X 

o 
B 

in which we have transferred one electron from the atomic orbital b into the bonding 

molecular orbital ~ab = a + kb. TO indicate a one electron-transfer we have used a 

"curly arrow"" with a single barb 1-3, i.e. ~ 

These considerations imply that we may generate the "increased-valence" 

structure (1) from the standard Lewis structure (4) by delocalizing .1 B electron of 

(4) into a vacant bonding A-B orbital, i.e. by writing 

V-A 

(4) 

n· B V--A 

(1) 

. 
B 
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Whenever the a and b atomic orbitals overlap, the de localization 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 form~l 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 +l:!and ~. i.e. 

(+) n. (-) (+%) 
Y--A B --+ V-A 

(5) (6) 

• (-%) 
B 

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 

(1) 

V-A 

(4) 

.. 
B 

,----- ......... . .. . 
V A B 

(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, O2 , SO and S2' and that "increased-valence" structures 

(8) and (10) are sui table valence-bond structures for FNO and F 2 0 2• Therefore, if 

we write down the standard Lewis structures (7) and (9), the fluorine atom(s) must 

induce appreciable de localization of oxygen lone-pair electron(s) into the bonding 

N-O and 0-0 orbitals. We have indicated these de localizations 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 H20 2 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 sl:andard Lewis 
structures by delocalizing lone-pair electrons into vacant bonding 
orbitals. 

In Fig. 12-1, we show how to use the standard Lew is structure:, 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 stabi'lizing the Lewis structure) can be 

used whenever the arrangement of electrons shown in (4) occurs in a Lewis 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)1" , 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. 
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CHAPTER 13 
uINCREASED-VAlENCEu STRUCTURES FOR N-CENTRE BONDING UNITS 

The technique described in Chapter 12 for constructing "increased-valence" 

structures, namely that of delocalizing 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-electron 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, 

Le. for the systems considered, "increased-valence" structureB provide easily 

derived and economical representations of their electronic structu~es. 

13-1 N2 0 AND SOME ISOELECTRONIC MOLECULES AND IONS WITH 4-ELECTRON 3-

CENTRE BONDING UNITS 

In Fig. 2 -10 we have displayed four" increased-valence" st~'uctures for N 20' 

namely (I)-(IV) of Fig. 13-1, here. They may be generated from th,e standard Lewis 

structures (1) - (4) of Fig. 2- 8 by delocalizing non-bonding 11- and ii-electrons from 

the terminal nitrogen and oxygen atoms into adjacent N-N and N-O 11- and ii-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 N20 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 deductio~ • For HN3 and HCNO, which are isoelectronic with N20, the standard Lewis and 

"increased-valence" structures are similar to those for N20, except for the replace

ment of the ° and terminal N of N2 0 with N-H and H-C, respectively. From the 

"increased-valence" structures of type (I), namely 

H 

:N ==N --:-N/ and H --C ==N --:--{>: 
a b ·c 

we may deduce that the Na-Nb and C-N bonds should be longer than t.riple bonds, and 

that the Nb-Nc 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 C02 are also isoelectronic with 

N20. Their standard Lewis and "increased-valence" structures are displayed in Fig. 
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(-)·rY (+)_ 
:N--N-O: 

- A...f 
(3) 

(-%) (+%) 

:N-·-N=O: -- .. 
(III) 

.r) _ 
:O--C--O: 

-(3) U· 
(+%) (-) (+%) 

:o-·-c=o: -- .. 
(III) 

(+) 

:0= N--:-O: -- . 
(I) 

..f"'( _ 
HN--C--O: 

-(3) l./ 
(+%) (-) (+%) 

HN""':'- C == 0: -- .. 
(III) 

(-2) •• :-y (+) (+) 

:N--N=O: .\.J -
(4) 

(+) 
:~-:-N_O: 

(IV) 

(-) .F'y _(+) 
:O--C --0: 
.\) (4)-

(-) (+) . 
:9--:-C 0: 

(IV) 

(+%) (+%) 

:O===N _. - 0: .. --
(II) 

(-) .. f'( _ (+) 

HN-C-O: 
.\) (4)-

(-) (+) 

H~ -:-c 0: 

(IV) 

Figure 13-1 Standard Lewis and "increased-valence" structures for N20, N3, CO2 , NO~ 
and HNCO. For N3, CO 2 , and NO~, the symmetrically-equivalent 
structures are not displayed. 

N20 

HN3 

Nj 
HCNO 

NO~ 
CO2 

HNCO 

N-N or C-N 

1.129 

1.133 

1.176 

1.161 

1.207 

N-O, c-o or N-NH 

1.188 

1.237 

1.207 

1.153 

1.162 

1.171 

Table 13-1 Bond-lengths l - 7 (A) for some isoelectronic systems with 16 valence-shell 
electrons. See also Ref. 8. Estil!lates of standarq, triple and doub!e 
bond length,!! are9 : C==:N.,t 1.15 A; N'""!fN, 1.10 A; C=N, 1.27 A; 
N=N, 1.24 A; C=O, 1.21 A; N=O, 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 0 0 

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. Similar 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 CooN and c-o bonds 

are both shorter than double bonds, and the bond-lengths reported in Table 13-1 

support this conclusion. 

To generate the "increased-valence" structures for NO; and CO 2 , we have 

delocalized oxygen non-bonding 11- and ii-electrons into the adjacent N-O and c-o 
bonding 11- and ii -orbi tals. However, because these delocalizatjons lead to the 

formation of a negative formal charge on the carbon atom of CO2, they should be less 

extensive than are those that occur for NO;. Similarly, for c20i- the delocaliza

tions of the (0-) oxygen 11- and ii-electrons for the standard Lewis structures of 

type (1) should be less extensive than they are for (3) for N2 0 4 • In the resulting 

"increased-valence" structures (2) and (4), the carbon atoms carry formal negative 

charges, whereas the nitrogen atoms are uncharged. One consequence of a reduced 

degree of 11- and ii-delocalization for C20~- is that the C-O bond orders are smaller 

than are the N-O bond-orders -for N2 0 4 • If we use this result when we compare (2) 

and (4), we are able to account10 for the observation that the c-o bond-lengths11 of 
o 2- 0 

1.26 A for C20 4 are longer than a c-o double bond (1.21 A), wherecLs the N-O bond-

lengths 12 of 1.19 i for N2 04 are similar to the double-bond length of 1.20 i. The 

- 2-smaller extent of 110 de localization for C204 also generates a C-C a-bond number for 

(2) that is larger than the N-N a-bond number for (4). This accounts for the 

observation that the C-C bond-length of 1.57 A 11 for c20i- is app:reciably shorter 
o 12 

than the N-N bond-length of 1.78 A for N204 ; see also Section 7-4. 

(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 11- and ii-electrons into bonding N-O orbitals. The "inc:reased-valence" 
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R{P 8 R 

Gjb---~ 
G G 

Figure 13-2 Atomic orbitals for 6-electron 4-centre bonding units of (RNO)2. 

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 0 -bond (0.6 5 ) is larger than the 0.3 for the corresponding bond of N 204' the iT

electron delocalization must occur to a much smaller extent for (RNO)2 than it 

does for N2 0 4 , and therefore the N-O iT-bond order for (RNO)2 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 N20 4• 

compound names 

cis-Azobenzene dioxide 

(Nitrosobenzene dimer) 

trans-2.2-Dicarboxyazobenzene 

dioxide 

(2-Nitrosobenzoic acid dimer) 

Perfluoroazobenzene dioxide 

(Pentafluoronitrosobenzene 

dimer) 

1,8-Dinitrosonaphthalene 

(Internal dimer) 

Nitrosocyclohexane 

2-Nitronitrosoethane 

Azoxyanisole 

Azobenzened 

p.p'-Dichloroazobenzene 

C-N 

1.454 (5) 

1.463 (5) 

1.460 (3) 

1.439 (6) 

1.439 (6) 

1.430 (6) 

1.439 (6) 

bond length i a 

N-N 

1.321 (5) 

1.308 (3) 

1.324 (5) 

1.376 (5) 

1.488 (6) 1.319 (6) 

1.470 (4)b 1.304 (6) 

1.496 (5) 1.218 (5) 

1.433 (3) 

1.433 (5) 

1.243 (3) 

1.252 (5) 

N-O geometry 

1.268 (4) Cis 

1.261 (4) 

1.267 (3) 

1.267 (6) 

1.267 (6) 

1.276 (6) 

1.256 (5) 

Trans 

Cis 

Cis 

1.272 (6) Trans 

1.262 (4)c Trans 

1.279 (4) Trans 

Trans 

Trans 

present 
work 

present 
work 

41 

25 

19 

18 

42 

43 

44 

a Estimated standard deviations are given In parentheses. b The C-N bond Involving the nltroso group. 

c The N-O bond of the nltroso group. d Two unique molecules are present In the unit cell, one of which 

Is disordered. The data presented are from the nondlsordered molecule. The estimated standard devia

tions may be severely underestimated. e See Ref. 13 for details of these references. 

13 
Table 13-2 Bond-lengths for dimeric nitroso and structurally similar compounds 
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",(+1 (+1,1' 

N=N 
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(-I (-I 
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R .)5: '" ;. N=N 

• Yo '" .p. R 

(6) 

13-3 80MB COMMBBT8 OB 6-BLBCTROB 4-CBBTRB BOBDIBG OBITS 

Two "increased-valence" bonding units of general type (7) are present in the 

"increased-valence" structures of (6); one for the six II-electrons and one for six ii 

+ a-electrons The relevant atomic orbitals are displayed in Fig. 13-2 for the cis 

isomer. The latter type of "increased-valence" bonding unit is aliso present in (2) 

and (4) for six i + a-electrons of C20~- and N20 4• In this and the previous 

chapters, we have introduced two techniques that may be used to generate (7), namely 

(i) To bond together two pauling "3-electron bond" structures i . Ii and C • D 
(with antiparallel spins for the two antibonding odd-electrons), and 

(ii) TO delocalize non-bonding i and D electrons of the standard Lewis structure 

i B---C D into the adjacent A-B and C-O bonding orbitals. 

Thus, we may write 

. B . . 
(i) A + C 0 ---.. . . 

"A"v n· ~ A I:I--C 0 

(ii) 
B-C 0 

(7) 

"Increased-valence" structure (7) may be generated whenever 6-electron 

4-centre bonding can occur, i.e. whenever six electrons may be die:tributed amongst 

four overlapping atomiC orbitals. For the special case that A and J) and Band Care 

pairs of equivalent atoms (and therefore a and d, and band c are pairs of equiva

lent atomic orbitals), the 4-centre molecular orbitals are given by Eqn. (1), in 

which A and )I are parameters, both> O. If atomic orbital overl.ap integrals are 

omitted from the normalizing constants and the orthogonality relati(lnships, then the 

molecular orbitals of Eqn. (1) are orthogonal. The mobile a-ele,ctron molecular 

orbitals of EqS. 7-3 to 7-6 for N204 are particular examples of these orbitals. 

~ 
1111 {a + d + A(b + c)} / (2 + 2A2 ) 

~ 
1112 {a - d + lI(b - c)}/(2 + 2112) 

':! (1 ) 

1113 {A(a + d) - (b + c)} / (2 + 2A2) 

~ 
1114 {1I(a - d) - (b - c)} / (2 + 2112) 
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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 Fi~ 13-2, for example. Therefore, 

'4 is A-B, B-C and C-D antibonding, and so it must be the highest-energy molecular 

orbital. The lowest-energy molecular orbital configuration for the six electrons is 

then ('1)2('2)2('3)2. In Section 10-2, we have deduced that this configuration may 

be expressed as 'covalent + 'ionic' and that 'covalent is the wave-function for the 

"increased-valence" structure (7). It is easy to demonstrate that (7) summarizes 

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 N204 

and N202 in Sections 10-1 and 11-7. 

.,.-----. .. .. ..... .. .... . . 
A B-C D A B C D 

(8) (9) 

.. --- ... ----- ... .. .... .. .... .... .. ....... . 
A B C D A B C D 

(10 ) ( 11) 

13-4 CYCLIC 6-BLBCTROR 4-CBRTRB BORDIRG UBITS 

A number of cyclic molecules and 
2+ ions, for example (SN) 2 and Se4 ' have 

six w-electrons distributed amongst 

four pi-atomic orbitals. The standard 

Lewis structures for se~+ are displayed 

in Fig. 13-3 (a). By delocalizing non

bonding w-electrons into the adjacent 

Se-Se w bonding-orbitals, we may 

generate the "increased-valence" struc

tures of (b), each of which has an 

"increased-valence" bonding unit of 

type (7) for the six w-electrons. 

However, because the atoms of (b) that 

correspond to the A and D atoms of (7) 

are adjacent, their atomic orbitals can 

overlap well. Therefore, we shall 

represent these atoms as bonded to

gether, to form the "increased-valence" 

structures of (c).Either of the struc

tures of (c) involves a cycliC "in

creased-valence" bonding unit of type 

(12) or (13), each of which summarizes 

(+) (+) (+) 
~ .. ··Se==si-Se ~.le 

II rJ ....-. I:;> (.1 
.. Se-Se •• .Se-Se. . . 

(+) (a) 

(+%) (+%) (+%) (+%) 

].-1 -Se=s;· 
....-. I·. :1 

.Se-Se. 
•• 0 . . 

(+%) (+%) (b) (+%) (+%) 

(+%) (+%) (+%) (+%) 

lI~r ......... I-_f 
•• Se-Se .. .Se-Se. 

o • 

(+%) (+%) (e) (+%) (+%) 

Figure 13-3 standard Lewis and "in-
creased-valence" structures 

for se~+. Mirror-image structures are 
not displayed for (al and (bl. 
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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 replace,j by a standard 

structure. 

A B A B A B A. B A B 

I I I I ...... .. , . .-..... .-..... , - ... ....... ", .. 
C 

.. ..... 
C 0 c 0 c 0 0 ·c o· 

(12) 

A--B A-B A B A. B A B .. .. ... .. , . .-..... ~ .. ... ...... + , , .. 
C 

... , 
O--C .. 0. , 

0 O-C 0 C O· C 

(13 ) 

The Se-Se bond lengths 14 of 2.28 A for se~+ are shorter than the estimate of 
o 

2.34 A for an Se-Se single bond, and resonance between either th.~ four standard 

Lewis structures of type (a) or the two "increased-valence" st:ructures of (c) 

accounts for this observation. However, the "increased-valence" representation does 

this in a more economical manner. 

The molecular orbitals for the w-electrons are given by Eqn. 13-1, with 

II = A = 1. For systems such as se~+ with D4h symmetry, the molecular orbitals 1/12 

and 1/13 are degenerate, as are the excited configurations "2(MO) = (1/11)2(1/12)2(1/1 4 )2 

and '3(MO) = (1/I1)2(lj/3)2(1/I4)2. These configurations may be linearly combined15, with 

'1'1 (MO) = (lj/1)2(lj/2)2(lj/3)2 to generate the C.l. wave-function of Eqn. (2), 

'(Cl) (2) 

with C2 < 0 when C1 > 0 in the lowest-energy linear combination (c.f. Section 10-3). 

This C.l. wave-function may be transformed15 (c.f. Section 10-2) and expressed as 

'(Cl) 

I 

in which' covalent and 'covalent are the wave-functions for" increased-valence" 

structures (12) and (13). Because C 1 > 0 when C2 < 0, these s':ructures must 

represent the primary valence-bond structures for cyclic 6-electron 4-centre bonding 

units with D4h symmetry. The same result is true for systems such an (SN)2 with C2h 

symmetry, the "increased-valence" structures for which are those of (14), and for 

the S4 linkage of the S3N; dimer15• The latter species has D2h symmetry for the S4 

linkage; overlap consider~tions15 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 

are of' 1 i longer than a "normal" S-S single bond 16. 

(+%) (-%) (+%) (-%) 

··S==N-

I· ·1 
. tJ=~· 

°11-: ~' 
•• N-~ • 

(-%) (+%) (-%) (+%) 

(14 ) (15) (16 ) 

The bonding for S2I~+ has been described in Section 11-7; each S2I; 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-ELECTROH 4-CEHTRE BONDING UNITS 

If an atom A is sp2 hybridized to form three coplanar a-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 ~-electrons of (NH2)2CO, for example. For this 

molecule, the standard Lewis structures are displayed in Fig. 13-4. 

H2N) 
(+) 

H N) H2N 

"C=O: 
" (\.(-) 2 'X n.(-) n C-O: C--O: 

. t/ .. II .. (+)' •• .. 
H2N (1 ) H2N (2) H2N (3) 

(+%) (+) • (+%) . 
H2N • (_) H N H2N • (_) (_%) 

"C =0: 
2 ,,(_) • (_%) 

'" C ---!- 0: c-·-o: 
(+)1 •• . 7 .. Y .. . 

H2N H2N H2N 
(+%) (+%) 

(I) (II) (III) 

Figure 13-4 Standard Lewis and "increased-valence" structures for (NH2)2CO. 
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Resonance between these three structures is usually invoked to explain why the C-N 

and C-O bond-lenqths18 of 1.34 A and 1.27 A are respectively shor1:er than the C-N 

sinqle-bond lenqth of 1.47 i and lonqer than the c-o double-bond lenqth of 1.21 i. 
An alternative explanation may be obtained by consideration of the "increased

valence" structures of Fiq. 13-4, which may be qenerated from the standard Lewis 

structures by means of the w-electron delocalizations that are indicated. The 

formal charqes for the "increased-valence" structures suqqest that t[) 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 qreater than unity. 

Each of· the "increased-valence" structures of Fiq. 13-4 involves an 

"increased-valence" bondinq unit of type (17) for the six II-electrons. It summa

rizes10 resonance between the standard Lewis structure (18) and the two "lonq-bond" 

Lewis structures (19) and (20). (A fourth valence-bond structure (21), cannot be 

included in the resonance scheme, because it involves three electronl! located in the 

A-atom atomic orbital) 

• .. '- ... 
A A A ...... .. 

B--C - B-C ...... B -. .. .. 
D D D 

(17) (18) (19) 

.. 
:0 

111-21 
C 

./.~. _.q .0._ 

.. 
A ... , 

ii ......... c C ....... ...... . ' 
D 

(20) 

:0 
11 1+1 

nNI'\ .' X ':4'0' .. 0.-.......1- "'ve •• -

A. ... . 
B C . 

D 

(21) 

.. 
:0 

II I-I 
N 

. Yo 'i-.....d ..0. . ._ 

Fiqure 13-5 standard Lewis and "increased-valence" structures for co~- and NOj. 

"Increased-valence" bondinq units of type (17) also obtain :Eor the NOj and 

co~- anions, which are isoelectronic with (NH2)2CO. Their standard Lewis structures 

are displayed in Fiq. 13-5. Each has standard valence-bond arran~Jements of type 

(18) for the six II-electrons and sets of four ii + two N-O or c-o o-'llectrons. The 

relevant atomic orbitals are displayed in Fiq. 13-6. Therefore, when we qenerate 

the "increased-valence" structures of Fiq. 13-5 (by delocalizinq the oxyqen 11- and 

i-electrons into bondinq N-O or c-o orbitals), two "increased-valenc'l" bondinq units 

of type (17) will be formed. Because the N+ for the standard LewiEI structures of 

NOj is more electroneqative than the C for CO~-, the delocalizations of the oxyqen 

- - 2- ( 11- and II-electrons for N03 will be more appreciable than they ar'l for C03 c.f. 
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o 
o 

~ 
0~®," (2) 

o "'0 
G G 

Figure 13-6 Atomic orbitals involv~d in the formation of 6-electron 4-centre 
bonding units for the valence-bond structures of Figure 13-5. 

2-N204 and c204 of Section 13-2). Therefore, the N-O bond-orders will be larger than 

the c-o bond-orders, and this is reflected in the bond-lengths. The N-O lengths of 
o _ 19 0 

1.22 A for N0 3 (as in NaN03 ) are only 0.02 A longer than the N-O double-bond 

length of 1.20 A, whereas for CO~-, c-o lengths of 1.28 A20 are 0.07 A 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. Ho~ever, resonance 

between the three standard Lewis structures does not indicate why the c-o 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-BLBCTRON S-CBNTRB BONDING UNITS 

The phenomenon of 6-electron 5-centre 

bonding21 is conveniently introduced by 

consideration of the w-electron distribution 

for linear C30 2• The standard Lewis struc

tures (22)-(25) (together with the mirror 

image structures for (22)-(24» reveal that 

this molecule has two sets of six w-electrons 

(wand ii or w x and w y)' each of which is 

~ 
O-C-C-C-O 

c:E&B 
Figure 13-7 2prr atomic orbitals 

for C302 • 

distributed amongst five overlapping atomic orbitals. The orbitals are displayed in 

Fig. 13-7 for one set of electrons. For each set of rr-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-o bond lengths22 of 1.28 A ,!lnd 1.16 A may be 

compared with23 1.34 A for B2 C - CB2 (with sp2 hybridized carbon atoms) and 1.13 A 
(-) (+) 

for :c::~O:. Resonance between structures of types (22)-(25) is E'ometimes used to 

rationalize the bond-length variations. However, a more economic'al valence-bond 

representation of the electronic structure, which also accounts for the observed 

lengths, may be obtained in the following manner. 

(+1 (-I 
:0 -C =C -C =0: - - .. :o=C-C-C=o: - - .. 

(22) (23) 

(+1 (-I (+1 (-21 (+1 
:o:=c-c-c==o: .. 

(24) (25) 

.. 
A-B C-D V-A B-C V-·A B C-D 

(26) (27) (28) 

Starting with the standard Lewis structure (28), we may delocalize both of the 

non-bonding B electrons into the adjacent A-B and B-C bonding orbit:als to form two 

1-electron bonds. The resulting "increased-valence" structure (29) summarizes reso

nance between (28) and the "long-bond" structures (30)-(32). Wh.en this type of 

delocalization is applied to the c2- If and ii electrons of (25), "increased-valence" 

structure (33) is obtained, which suDimarizes resonance between (25) and 13 "long

bond" structures. Inspection of (33) indicates that the c-c bond-lengths should be 

similar to those of double bonds with s-p hybridization24 for the "arbon a-orbitals 

(1.30 A), and that the c-o lengths should be longer than the 
(-) (+) 25 

monoxide (:C=:O:). 

V-A C-D 
(28) 

. ----;:---.... 
V-A BCD 

(30) 

• V--A 

.-----.. 
Y A "8 C-D 

(31) 

(+1 

B 
(29) 

. 
1.13 A for free carbon 

C--D 

.--_ .• -- ----: ........ -. 
V :A BCD 

(32) 

(-I (+1 (+1- «:~'\ _(+1 
·O-C-C-C-O· ·-vv-· :O==C""';-C-+-C==O: 

(25) (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 de localizing a non-bonding Y or 0 electron into the adja

cent Y-A or C-D bonding orbitals. When this type of delocalization is applied to 

the C302 structures of types (22)-(24), numerous "increased-valence" structures are 

obtained, all of which will participate in resonance with (33). For example, the 

oxygen wand i delocalizations displayed in (34) generate (35). These latter types 

of "increased-valence" structures involve fewer electrons in bonding than does (33) • 

. 0t _ _ 
·O-C-C-C-O· 
• - (34-:- V·· 

(+%) (-%) (-%) (+%) 

:o.....!..-c =C-C=O: -- -- .. 
(35) 

Molecules such as succinimide and pyrrole also provide a 6-electron 5-centre 

bonding unit for w-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 

and single-bond lengths of 1.21 A and 1.47 A. 

~.505 

tiN 1·227 

o N 1.385 0 

I 
H 

(36) (37) 

FOr pyrrole, it is of interest to compare the C-C bond-Iengths27 of (39) with 

the corresponding bonds for cyclopentadiene in (38)28. Thus, the C2-C3 and C4-C5 

bonds are longer 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-C4 w-bonding in (40); this 

bonding arises because (40) :: (39)++(41)++(42)++(43), and (43) has a C3-C4 w-bond. 

"Increased-valence" structure (40) also involves some C-N w-bonding, and the C-N 
o 

bonds of pyrrole are shorter than the standard single-bond length of 1.47 A. 

1.469 1.417 

'0 5 ~ ~ lr2 Y,1.382 'ol!lQ'Ol!l r.rl 
.509 N 1.370 N +) 1 H H 

(38) (39) (40) 
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(0)0 
N (+) 
H 

(42) 

(0) 0(0) 
~(+2) 

(43 ) 

For pyrrole, the w-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 construct.ed, 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 w-electrons into the adjacent 

bonding orbitals. 

(-%) (+) 

y-o O'-~I'-~IO r (-) (+) 
• • 1'1.r\ 

A C (+%) N N (+) N 
• • I I I 

B H H H 
(44) (45) (46) (47) (48) 

13-7 8-BLBCTROB 6-CBBTRB BOBDIBG UBITS 

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 Band 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 Band 

C atoms are spin-paired. 

V_ArB 

(49) 

.f\t . 
C O-E ----+ V-A • B c . O-E ---. V-A· B-C • O-E 

(50) (51 ) 



153 

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 
o 0 

length between those for single and double bonds (N- N 1.45 AI N=N, 1.24 AI 
o 0 o 0 

N-C, 1.47 A; N=C, 1.27 A; C-O, 1.43 A; C=O, 1.21 A), and the measured 

bond-lengths29 (N-N = 1.383 i, o 0 

N-C = 1.333 A and c-o = 1.234 A) show that this is 

the case. 

Diformylhydrazine has eight II-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 II-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, 
o 0 0 0 

C-O and C-C bond-lengths are assumed to be 1.45 A, 1.47 A, 1.44 A, 1.43 A and (for 

sp2 hybridized carbon) 1.51 A. Resonance between (55) and (57) accounts for this 

observation. However, the exocyclic c-o bond-length of 1.215 A is imperceptably 
o 

longer than that of a double bond (1.21 A), whereas both "increased-valence" 

structures imply that it should be a little longer. 

(-%) n. .~ 
:O=CH-NH--NH-CH=O: - -

(52) 

(57) 

o 
~ 

1+%lJ ~:I+"I 
R""""- " ~ N(_%) 

•• 
(55) 

C1 0 
~.21S 
_r·3A ~.407 

1·479 N 0 
R;..,.;..- ~13./ 

N'1·389 

(58) 

(+%) (+%) (-%) 

(53) 

•• 
(56) 

S 
N~·687 

1.318/ V360 

............. N N 
C6HS 1.31~N/\'·318 

I 
(59) C H 

6 S 
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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delocaliza tions indica ted. For dehydrodithizone, the arrangement of (63) is 

present for the 'II-electrons in "increased-valence" structure (65). The bond

lengths32 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», indicatell the presence of 

-partial double bond character for all bonds. Use of "increased-,ralence" structure 

(65) provides a more economical representation of this effect; if only standard 

Lewis structures are used, three of them are required to provide pilrtial double-bond 

character for each of the six bonds. 

v V B B 
/V 

A VU E A E C VU A/V c A 

I I I I \ r \ 
B n0 0 B 0 o {'\ 0 E 

c C 

(60) (61) (62) (63) 

(-I 
•• •• 

C H (+1 ~~").. ~ S C H (+%I/.N, (-I ~S 
6 S--N \-J\.A C~ 6 S--N· ·'C~ 

\\ -r.t/ \\ ./ 
N-N N..!-N. 

/ (+1 ··(-1 /(+%1 • 

C6Hs C6H5 

(64) (65) 

13-8 -J:RCREASBD-VALBRCB- STRUCTURES POR LORGBR .. -CBRTRII BORDJ:RG URJ:TS 

Fairly obviously, it is possible to extend the length of an "increased

valence" bonding unit in order to describe many instances of N-cEmtre bonding. To 

demonstrate this, we shall examine three systems with S-N bonds. 

13-8(.) S4R3: 10-electron 7-centre bonding The S4N; cation is planar and 

cyclic with the geom~try33,34 of (66). It has ten 'II-electrons distributed amongst 

seven overlapping p!I'-atomic orbitals.- The S-N bond-lengths are all shorter than the 

estimate of 1.67 A 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 b()nds. 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 II-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 
o 

the length of this bond (2.070, 2.088 A) is longer rather than shorter than the 
o 

standard single-bond length of 2.06 A for H2S2• This lengthening may be a 

consequence of a combination of the following factors: 

(a) 

(b) 

The linkage is planar, whereas is non-planar. 

Hordvik36 has listed numerous examples of molecules for which the S-S 

bond-length varies with dihedral angle. The straining of the S-S a-bonds 

is associated37 with the existence of the non-bonded repulsions (Section 

3-10) in standard Lewis structures such as (67) (which is a component of 

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 a-bond. 

For lone-pair orbitals of the anions can overlap 
+ with the orbitals that form the S-S a-bond of S4N3' to form 4-electron 3-

centre or 6-electron 4-centre bonding units39 • The "increased-valence" 

structures X •• S-S and X •• S-S •• X, which are obtained by delocali

zing lone-pair X- electrons into bonding X-S orbitals, have S-S a-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 a-bond of S4N; is lengthened by either or both of them, then the measured 

S-S lengths33 ,34 of 2.088 or 2.070 A do not preclude the presence of some S-S 

Tr-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 

1'57~N~56 
S S 

1·541 / ~'532 
N N 

1·557 \ ~'563 
S2:2!!!!....S 

(+1 •• (+1 
·S·····(r~S .. 

:1 \: 
"'-1 tsl -. .-

(66) (67) 
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(+%) N (+%) C ·S~ ~S· B D 

R (-%):1 ~ 
(-%) 

/ \ 
'\ N: A E 

52--53 \ I / '\ .5=5. Y--F . . 
N1 /N2 (+%) (+%) 

'51 
(68) (69) 

compound S1-N1 S1-N2 S2-N1 S3-N2 

S3N; 1.575 1.555 1.617 1.602 

S N2+ 
6 4 1.569 1.569 1.605 1.605 

S3N2CI+ 1.617 1.543 1.581 1.615 

S3N2-NS02F 1.578 1.565 1.644 1.535 

S3N2-NCOCF3 1.589 1.551 1.641 1.633 

S3N2-NP3N3F5 1.573 1.540 1.647 1.528 

Table 13-3 Bond-lengths (i) for S3N2 rings of S3N; and derivatives39- 44 • 

2.141 

2.15" 

2 .136 

2.200 

2.206 

2.220 

13-8(b) S4N4: 12-electron a-centre bondi.ng In Section 7-7, a molecular orbital 

explanation for the existence of long S-S bonds (2.58 i 45 , c.f. 2.06 i for an S-S 

single-bond) in S4N4 was provided. It was suggested that one set of nitrogen lone

pair electrons of the standard Lew is structure (70) could delocalize appreciably 

into the antibonding S-S a*-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

tained21 ,38 with S-S a-bond numbers less than unity. This structure indicates that 

the S-S and S-N bonds should be respectively longer and shorter 1:han single-bonds, 
o 

and this they are found to be. The measured S-S and S-N bond-lengths are 2.58 A and 

1.62 A, respec'tively, and the estimate of an S-N single-bond leng1:h35 is 1.67 A. A 

12-electron 8-centre "increased-valence" bonding uni t is prese nt in "increased

valence" structure (71); it involves the eight nitrogen ii-electrons and the four S-S 

a-electrons of (70). 

.eN_ S,_N-· 

I· . I . ./ 
l I .r 
N~5'~N. -. .. . 

(70 ) (7'1 ) 
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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)r: poly.erized Paulinq -3-electron bonds- and Poly.erized 

6-Blectron 4-Centre bondinq 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 ~-electrons and one ~-electron to form 

a 2x-centre ~-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 

~-orbitals. Examination of (76) shows that "increased-valence" structure (74) is 

constructed from polymerized pauling "3-electron bond" structures for the S-N 

~-electrons. Alternatively, (74) may also be considered to involve the polymeriza

tion of the 6-electron 4-centre "increased-valence" structures for the ~-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-lengths46 of 
o 0 

1.59 A and 1.63 A. 

(~ (~ 

-.Se} (+) CN.-.S .. -:::::t (+) ON.-. ~N=Sr· . ~N=Sr . ... ... 
(72) 

-s-... ~N-S~ -.-N-
e. --..... ===S.,,-·· •• --"""N =S~ 

~._ e.._ 

(73 ) 

~ (~~ (~ 
=S~ (-Y..) (+Y..) -.-N=S~ (-Y..) (+Y..) -.-N.= .. --......N==S~·· .. --.....N~S"",.,.- • ...- ...-

(74) 

-s·".:) f'L....N - sO. f"\ N-.. ~. ..~.. ..~. ..~ .. 
N---S N-S ...- -..-

(75) 
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-s-.! ~N-S~ ._N-e. --.....,. _..____.- -. --........, •• ~.-
.~-~. ~-~. 

(76) 

(+%) (-%) (+%) (-%) 

=s-. (-%) (+%) ~N=S~ (-%) (+%). _N = -. -.......N==S~·· -. ~N==S~ .--, -' 
(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 l1-centre bonding 

unit. Therefore, they can be constructed for diamagnetic S = 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 CN2 a.nd the bimolecu

lar H03 and ON03 complexes that pertain for the H + 03 + HO + 02 and NO + 03 + N02 + 

02 reactions. "Increased-valence" mechanisms for these reactions will be described 

in Chapter 22. The general "increased-valence" structures for 5-E,lectron 4-centre 

and 7-electron 5-centre bonding units are of types (79) and (80) reupectively. They 

may be constructed by bonding the "increased-valence" structure Y--A • B to either 

an atom C with one unpaired electron, or to the diatomic pauling "3-electron bond" . . 
structure C • D, as is shown. Electron spin theory for (79) is described in Section 

15-2. "Increased-valence" structure (78) for CN2 , which may be ge.tlerated 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 H3 , 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. 

(+%) (-) (+%) 

(77) ( 78) 

. 
Y--A B + Y--A B--C 

(79) 



. 
Y--A B 

H-H 

REPKREReKS 

+ 

...... 
(81) 
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---+ Y--A 

H-H 

(80) 

(-%) (+%) 

H-H. H +-+ 
(82) 
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CHAPTER 14 
DELOCALIZATION OF LONE-PAIR ELECTRONS INTO ANTIBONDIN6 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 OP 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). 

Y--A 

( 1 ) 

x 
Y 

o 0 
A x B 

(2) 

o 
......... Y 

x x 
A 0 B 

(3) 

In Section 3-6, we have demonstrated that the wave-function for a pauling 
• • 2 * 1 "3-electron bond" structure A • B may be expressed as either (1jIab) (1jIab) or 

(a) 1 (1jIab) 1 (b) 1, (: aCl1jl~bbCl or aIl1jl~bbll), in which 1jIab = a +kb and 1jI:b =k * a - bare 

bonding and anti bonding molecular orbitals, and a and b are overlapping atomic 
o 0 X x 

orbitals. For the pauling "3-electron bond" structures A X B and A 0 B of (2) and 

* (3), the antibonding 1jIab electron of the molecular orbital configuration 

(1jIab)2(1jI:b) 1 must have an Sz spin quantum number of -1/2 and +1/2 respectively. 

This equivalence that exists between (1jIab)2(1jI:b) 1 and (a)1(1jIab)1(b)1 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 (ljIab)2. Thus, we may write 

.. ~ 
Y A-B 

(4) 

x 
---+ Y o ° A ~ B .......... 

(2 ) 

o 
Y 

)( X 

A ° B 
(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 sui·cable when the Y 

and B atoms of (4) carry formal negative and positive charges respec:tively. 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 F20 2 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· 
••• ~ (+) 

:N=O: 

(5) 

F 

\H~) .(+%) 

.!'I--=--0: 

(6) 

.. (-) 
:F: 

(+) ~ •• 
·0=0· 

.? :F: .. 
(7) 

. / 
---+ :0-+-0: 

I 
F 

I . 

(8) 

F 

Other examples are shown in Fi~ 14-1, where we have written down ionic 

standard Lew is 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 N20 2 from the ionic Lewis structures of (9) 

for NO- and NO+, we must delocalize a nitrogen lone-pair electron of NO- into an 

antibonding orbital of NO+, and also delocalize an oxygen electron of NO- into the 

adjacent bonding orbital. These delocalizations are indicated in (~). 



.. (-) 
'0· 

:.i' j.J 
"'--"~ 

0(+1 

•• (-I 
:F: 

.' 

•• ~ (+1 

:8=0: ~ 

. ~ 
~F: .. 
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(-1~1 H~I 

··N----N·· ;. \ 
.p. (+%1 (+%I·q· 

(9) (10 ) 

.. (-I 
F 

\ . 
:S~OI / . 

'0' (s ~! 
F 

Figure 14-1 Generation of "increased-valence" structures for FN0:2, N02, F2SO and 
03 from Lewis structures by delocalizing lone-pair electrons into 
vacant antibonding orbitals. For FN02, F2SO and 03' ionic Lewis 
structures have been written down. 

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) • 

. () .~~ 
A B C-D 

( 11) 

i."v B-C ('j) 
(12) 

i . B-C • D 
(13) 

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 ('ab)2) 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 (.ab)' the resulting wave-

function (neglecting electron spin and indistinguishability) 
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indicates that the (fractional) Y-A bond of "increased-valence" structure (1) must 

have a Heitler-London type wave-function arising from the (y) 1 (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 Yelectron 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)1(a)1(b)2 that involve Heitler-London 

formulations of the wave-functions for the "long" Y-B, and Y-A bOllds. 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. 

e_. .. 
Y A B 

( 14) ( 15) 

In Chapter 21, the theory of this section will be applied to :~ewis acid-base 

reactions. 

14-2 APPROltXIlA~B 1l0LBCOLAR ORBX~AL ~BBORY POR 4-BLBC~IROli 3-CBlI~RB 

BOllDXlIG OllX~S 

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 lin'2arly 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 fc)r the phenome

non of lone-pair delocalization into an anti bonding 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 Wab' the wave-fun.~tiont for this 

structure is given by Eqn. (1). 

A-B) (1) 

t Slater determlnental 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. (11, (3), (4) and (8). 
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* The vacant antibonding orbital ~ab 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 ~ab' 

(2 ) 

(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) To account for transition metal-ligand and ligand bond-properties, back

* donation of t 2g electrons from the metal into the antibonding w orbitals of 

CO, CN-, NO+ and N2 ligands is invoked1- S• 

(b) For some aliphatic chloro compounds that contain oxygen or fluorine atoms, 

Lucken6 has described the interaction of a p-orbital of either of these atoms 

with the antibonding C-Cl a*-orbital. 

(c) Williams7 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. 

(d) Spratley and Pimentel8 have described the relative extent of interaction of 

fluorine or hydrogen atomic orbitals with antibonding N-O or 0-0 w* orbitals 

of FNO, HNO, F20 2 and H20 2 • 

(e) pearso~s9 molecular orbital description of SN2 reactions involves the 

interaction of a lone-pair orbital of the nucleophile B with the antibonding 

C-Cl a* orbital of CH3-Cl. 

(f) Drago and corden10 have recently reviewed the spin-pairing model of the 

bonding of 02 to co(II), cr(II), Mn(II) and Fe(II) complexes, with a ~l-type 

* molecular orbital to describe the spin-pairin~ The y and ~ab are the metal d, 

* and an antibonding woo orbital of ground-state 02' 

We shall now relate this type of molecular orbital theory to the "increased

valence" theory of Section 14-1. A doubly-excited configuration 'I'2(MO) of Eqn. (4) 

may also be constructed, in which ~2 instead of ~1 is doubly-occupie~ 

(4) 
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On substitution of the LCAO forms for ~1 and ~2 into Eqs. (3) and (4), we 

obtain 

C~'f(Y + c~ 'flY 
00 S) X o 0 0 X X 

'i'1 (MO) A-B) A + c1 c 2{'i'(Y A X B) + 'flY A o B)} 
(5) 

'f 2 (MO) C~'f(Y A-B) + C~'f(Y A S) - X 
c1 c 2{'f(Y 

o 0 " X X 
A X B) + 'fOr A o B)} (6) 

in which 'flY A-B) is given by Eqn. ( 1 ) , 

'flY A S) 2 * 2 I a 5 "a *5 
(~ab) ("'ab) - ~ ab'" ab~ ilb~ ab I ( 7) 

and 

X 0 0 0 X X I~a ",5bYa~*51 + I a 5 *a 51 'flY A X B) + 'flY AO B) ab a ab ~ab~ab~al:Y (8) 

The lower-energy linear combination of 'i'1(MO) with 'f 2 (MO) gives the C.I. 

(Section 3-3) wave-function of Eqn. (9) with IC11 > IC21 and C1 > 0 when C2 < o. 

'f{CI) (9) 

If c1 and c2 in the molecular orbitals of Eqn. (2) have similar magnitudes, 

* i.e. if y and "'ab have similar energies, then the primary component of 'f{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 "'ab as well as "'ab overl,~ps with y, the 

canonical 3-centre molecular orbitalsll are given by Eqn. (10) rath,~r than Eqn. (2). 

"'i 1-3) (10) 

'4-3 ATOMIC VALBRCIBS FOR -IRCREASBD-VALBRCB- STRUCTURES: 12 

The (co)valence of an atom in a molecule corresponds to the nUlnber 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 component;s of the A-atom 

valence will be designated aSVay andVab' withV a =Vay +Vab. WE' shall now show 

that Va for "increased-valence" structure (1) can exceed unity when the molecular 
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orbitals of Eqn. (11) are used to construct the pauling "3-electron bond" configura-

2 * 1 tion ("'ab) ("'ab) for the A-B component of (1). 

(a + kb)/(1 + k2)~, * "'ab (ka - b)/(1 + k2)~ ( 11) 

To calculate Vay' either of the following equivalent procedures may be used: 

* (a) The antibonding "'ab 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 "'ab' We thereby obtain 

Vay = k 2 /(1 + k 2 ) (12) 

(b) 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. In 

Section 3-11, we have deduced that 

( 13) 

from which it follows that 

'I'(Y-A • B) 'B» / (1 + k 2 ) ~ ( 14) 

.. 
The weight for Y---A B is equal to the square of the coefficient of 

'I'(Y-A ii) in Eqn. (14). This gives the Vay of Eqn. (12). It also 

corresponds to the bond-number of the fractional Y-A bond in (1). 

For the one-electron A • B bond of (1), the valence Vab must be such that for 

the pauling "3-electron bond" configuration ("'ab)2("':b) 1 the following correlation 

must exist between the a-orbital charge (P aa) and Vab: 

. . . . .. 
structure A B A • B A B 

k 0 

Paa 2 1.5 

Vab 0 0.5 0 

. 
(For k = 1, the one-electron bond of A • B is homopolar, and therefore 

0.5). We thereby obtain Eqn. (15) 
12 

(15 ) 
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For any value of k, the Paa is given by 1 + 1/(1 + k 2 ) ('rable 3-3) and 

therefore 

( 16) 

in which Pab is the bond-order for the i . i component (Table 3-3) of "increased

valence" structure (1). 

By summing V ay and Vab of Eqs. (12) and (16) the total A-a tom 'Talence of Eqn. 

(17) is obtained. For 1 < k < ... , Va> 1, i.e. the A-atom valence f,:>r "increased

valence" structure (1) exceeds the value of unity that occurs in the standard Lewis 

structure (15). 

(17) 

Similar procedures may be used to deduce that the B-atom valE!nce for (1) is 

given by Eqn. (18). Because the Y-atom valence for (1) (namely Vy :: ~'ya + Vyb) must 

always equal unity, the sum of the atomic valencies for (1) is given by Eqn. (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. 

1/(1 + k 2 ) + 2k2 /(1 + k 2 )2 (18) 

( 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 

Eqs. (11) and (20) when A and 0, and Band C are pairs of equivaleo.t atoms. We 

shall now use these orbitals to deduce that the Band C valencies of l13) can exceed 

unity in value. 

i . B-C • D 
(13 ) 

x X 
AOB 

o 0 
CXD 

( 16) 

++ 
o 0 
AXB 

x X 
COD 

( 17) 

(20) 

+ k(c)2(d) 1 ,it is easy to deduce that the wave-function for "increased-valence" 

structure (13) is equivalent to that of, Eqn. (21), in which '1'12' '1'113' '1'19 and '1'20 

are the wave-functions for Lewis structures (12) and (18)-(20) (cf. Eqn. (10-15». 
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(21) 

,'- ...... , , ;,'-- .... " 
00 0 00 l C D 0 00 0 0 A B-C A B A B C 

,--- ..... .... .. ... .' .. .. '. 
ABC D 

(12 ) (18) (19) (20) 

By squaring the coefficient of '1'12 in Eqn. (21), the weight (w 12 of Eqn. (22» 

for Lewis structure (12) is obtained, which corresponds to the bond-number ~c) for 

the B-C bond of (13), and hence to the valence Vbc in the latter structure. 

Similarly, the weights for structures (18)-(20) (Eqs. (23) and (24» give the 

valencies Vbd, Vac and Vad for "increased-valence" structure (13). When Vbc and Vbd 

are added, the B-atom odd-electron charge (c~2 of Eqn. (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. 

(22) 

(23) 

Vad = k" I (1 + k 2 ) 2 (24) 

(25) 

within the pauling "3-electron bonds" i 0 Band CoD of (13)~ the Band C 

valenCies are given by Eqn. (26) (c.f., (Eqn.(16», in whichP ab andP cd are the 

bond-orders for these bonds in (13). The total B-atom valence, namely 

Vb = Vbc + Vbd + Vba , is then equal to the Vb of Eqn. (18) for "increased-valence" 

structure (1). Therefore, Vb (: V c ) > 1 when 0 < k < 1. 

(26) 

In Section 13-3, the delocalized molecular orbitals are given for symmetrical 

6-electron 4-centre bonding uni ts. When these are normalized excluding atomic 

orbital overlap integrals, and the parameter \l is set equal k, the B-C bond-order 

P bc for the molecular orbital configuration 'I'l(MO) = (lj/l)2(lj/2)2(lj/3)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 12 of Eqn. (22), is equal to 

Ptc for '1'1 (MO) when \l = k. For this value of \l, the A-B and C-D bond-orders for 

"increased-valence" structure (13) and '1'1 (MO) are identical, with each having a 

value of k/( 1 + k 2 ). 
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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-BLBCTRON 4-CBNTRB 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 0 represent electrons with a and II spin wave-functions. Here, we shall 

construct slater-determinantal wave-functions for (2) and (3), and hence for the 

It increased-valence" structure (1). 

X X 

Y-A • B _ 
(1) 

x 
Y 

o 0 
AXB 

(2) 

o 
Y 

x X 
AOB 

(3) 

o 0 
The wave-functions for the pauling "3-electron bond" structures A X Band 

A 0 B of (2) and (3) are given by Eqs. (3-36) and (3-35). In (2) and (3), we have a 

fourth electron with spin wave-function a or II, 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 Eqs. (1) and (2), for which the identities of Eqs. (3-36) and 

(3-35) have been used. 

X 0 0 
'flY A X B) ( 1 ) 

o X X 
"(Y A 0 B) (2) 

Examination of Eqs. (1) and (2) shows that each of (2) and (3) involves two 

* * singly-occupied orbitals, namely y and ~ab = k a-b. In order for bonding to occur 

* between Y and AB due to overlap between y and ~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 S = 0 spin-state. By examination of the 

Heitler-London S = 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 I ••. ya ljI:~1 + 1 ••• ljI:<t ylll for 

the two singly occupied-orbi tals of (1). By interchanging rows o:r columns of the 

Slater determinants of Eqs. (1) and (2), we may write 

x 
'l'(Y 

o 
'l'(Y 

o 0 
A X B) 

X X 
A 0 B) 

(3) 

(4) 

in which we have grouped together the singly-occupied orbitals. The appropriate S ~ 

o wave-function for "increased-valence" structure (1) is therefore 9iven by Eqs. (5) 

and (6). 

'l'(Y-A • B) X 
'l'(Y 

o 0 
A X B) 

o 
'!'(Y 

X X 
A 0 B) 

(5) 

(6) 

It is important to realize that 'l'(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), Eqn. (6) is appropriate, but Eqn. (5) shows clearly that the 

"increased-valence" structure (1) involves the spin-pairing of two e:.ectrons, one of 

which occupies an atomic orbi talon Y, and the other occupies the antibonding A-B 

orbital. 

Inspection of Eqn. (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 Eqn. (7) for the four 

electrons of (1), in which ljIya ~ y + R.a andR. > O. The propertieB of EqS. (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. 

'l'(Y-A • B) (7) 

"Increased-valence" structure (1) is the fundamental "increased-valence" 

structure. Together with (4), it is appropriate whenever fou.r 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 stall construct a 

wave-function for the 6-electron 4-centre "increased-valence" struc1;ure (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 lJi ab and lJi cd molecular orbi tals, and the 

bonding molecular orbitals lJiab and lJi cd 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 S = 0 wave-function 

for (5) is given by Eqn. (8). 

Y-A • B . 
y. A-B 

(1) (4) 

. . . . 
A • B-C • D A • B 

(5) (6) 

'I'(i • B-C • D) (8) 

orbital-occupancy diagrams that correspond to the Slater determinants of Eqs. 

(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 sand Sz 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 = Sz = 0 

for (8). These wave-functions are givent by Eqs. (9)-(12), ~n which we have omitted 

all doubly-occupied orbitals from the slater determinants. 

A-B· C-D i 
( 7) a d 

t The '1'1 and '1'2 of Eqs. (9) and (10) are orthogona I, whereas the '1'1 and '1'2 of Eqs. <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 Eqs. (11) and (12). 
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. . • B C • 0 i Y-A' B-C • D-B - Y A 

(8) * * y "'ab "'cd e 

If1 (Y-A • B-C) 21 ya *a 
"'ab dll - Iya *Il 

"'ab ca I - Iyll *a 
"'ab ca I (9) 

If 2 (Y-A • B-C) ( 10) 

If1 (Y-A • B-C • D-B) Iya *Il *a 
"'ab "'cd ell I + Iyll *a *Il 

"'ab "'cd ea I 

- Iya *Il *Il 
"'ab "'cd ea I - Iyll *a *a 

"'ab "'cd ell I (11 ) 

If 2 (Y-A • B-C • D-B) Iya *Il *a 
"'ab "'cd ell I + Iyll *a *Il 

"'ab "'cd ea I 

- Iya *a *Il ell I - Iyll *Il ",*a eal 
"'ab "'cd "'ab cd 

(12) 

In Eqs. (11) and (12), there are six different types of Sla tex' 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 0 0 X X 0 0 X X 0 0 X X 0 0 0 0 X 
Y A X B C OD B Y A OB C XD B Y A XB C XD B 

(9a) (9b) (9c) 

0 X X X X 0 X X X 0 0 0 0 0 0 X X X 
Y A OB C OD B Y A OB C XD B Y A XB C o D B 

(9d) (ge) (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 be1:ween 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 (9d) generate Y-A and D-E spin-pairings, and (ge) and (9f) 

can only involve B-C spin pairing. We may construct any linear combination of If 1 

and If 2' each of which generates some Y-A, B-C and D-E bonding (Le. spin pairing). 

However, the special linear combination If 1 + If 2 gives equal possi bili ty 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-valen ce" structures 

(I) and (V) of Section 2-5(b)for N2 0 and F20 2 ). For spin-pairing to occ:ur 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) (Le. allall + llaBa - aBBa

Baall), in which the order of (singly-occupied) spatial orbitals in each determinant 

* I '* * '* is y, "'ab' y, and "'ab for structure (10) and a,ljibc' d, and1jlbcfor ;;tructure (11). 
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.,....D 
B : C 

Ii./. 

( 11) 

One of the "increased-valence" formulations of 1,3-dipolar cycloaddition 

reactions (Section 22-4) involves electronic reorganization of the general type 

~A ~ 
y B Y B . 

--+ \ / 
D-C D C 

(12) ( 13) 

for a 6-electron 5-centre bonding unit. * Four singly-occupied orbi tals (y, 111 ab' c 

and d)are involved, and the spin wave-functions are those of Eqn. (11) for structure 

(12), and Eqn. (12) for structure (13); the order of spatial orbitals in each 

* Slater determinant is y, 1IIa b' c and d. For the linear combination" = C1"1 + C2"2' 

IC11 » IC21 near the start of the reaction and IC21 » IC11 near its conclusion. 

In Table 15-1, we report the spin degeneracies for the S = 0 and S = ~ wave

functions for "increased-valence" structures with 4-12 electrons. 

i · • B · i · Y • B · · · D Ii. B • C 
i · C · • B • D 

i · B · • Ii. • C 
i · · · Ii. • B C 

· · is · Y • Ii. • C 
i . i is · • C 
i · · · Ii. • B C 

i · is · • Ii. • C 

D . i • D 

0 . 
• B 

0 · i P . i . G • D • r 

0 . p . 
• B • G 

n 

3 

4 

5 

6 

7 

8 

9 

10 

11 

12 

nu 

2 

3 

2 

3 

4 

3 

4 

5 

4 

D 

3 

2 

2 

2 

2 

5 

2 

Table 15-1 Some "increased-valence" structures expressed in terms of their compo
nent "three-electron bonds". n = number of electrons; nu = number of 
unpaired electrons; D = spin degeneracy for singlet (s = 0) and doublet 
(s=~) states. 



CHAPTER 16 
CLASSICAL VALENCE STRUCTURES AND QUINQUEVALENT NITROEiEN 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 't.heory, nitrogen 

atoms were very often represented with valencies of 3 or 5 in val,ance-bond struc

tures. For example, valence-bond structures for N20, Me3NO, and N;!o4 were written 

as (1)-(3). 

(1) 

CH, 

CH _N=O 
3 CH( 

(2) (3) 

Using (1) for N20, with an N-N triple bond and an N-O double bond, we would be 
o 0 

let to predict that the bond-lengths are similar to the 1.10 A and 1.21 A for N2 and 

CH3N=O. The experimental lengths of 1.13 A and 1.19 A confirm this expectation 

(Section 2-3 (b)), and on this basis (1) is a sui table valence-bond structure for 

N20. 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 1Si 20, and (7) and 

(8) (together with equivalent resonance forms) for Me3NO and N20 4• 

(+1 (-I (+1 (-) (+1 

·N=N-O: . - .. :N=N=g: :N=NI=O: .. 
(4) (5) 

CH3 

~(+I ~! 
CH3--N-0: / .. 

CH3 

-0" ·0· 
\ (+1 (+1 I 

N---N 

.f \. 
:'0 .. (-) (-I .. q: 

(7) (8) 
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In these latter structures, the valencies of N , N, and N+ 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 universa14 ,5. 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. 

(a) The nitrogen ground-state configuration 2s2 2p~ 2P~ 2p~ is promoted to either 

the 2s1 2p! 2P~ 2p! 3s1 or the 2s1 2p! 2P~ 2p! 3d1 configuration6 - 8 , both of which 

have five unpaired electrons. This theory is usually considered to be unsatis

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). 

8 HC-CH 8 
H~~(~)~~H o ~N"" 0 

E) 
(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 

CPL = y + ka and CPR = b + ka with k > O. We may put the four ll-electrons of (10) into 

these two orbitals, to afford the bond-orbital configuration (y + ka)2(b + ka)2. 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 occupied, 
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they cannot represent two separate, independent C-N 'II-bonds. The.~efore for this 

theory, the nitrogen atom does not have a true valence of fiv,~ - it is only 

apparently quinquevalent. Bent9 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 + ka)2(b + ka)2 is 

equivalent9- 12 to the delocalized molecular orbital configuration 

(y + 2ka + b)2(y - b)2 for which the delocalized molecular orbital,; 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 Eqn. (3-17), namely if two 

electrons occupy orbitals '1 and '2 with the same spins, then ('1)1('2)1 = 
-2('1 +'2)1('1 '2)1». With this equivalence, the a-o:tbital valence 

is13,~~ Va = P~y + P~b = ak 2 /(2k 2 + 1)2, which has a maximum va lUI! 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 II-orbitals forms the basis of PCLoloni'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 II-electrons of the 

pyrrolic nitrogen (tr, tr, tr, .2) configuration (tr = sp2) are involved in bonding 

to the adjacent carbon atoms. 

(c) The third theory of nitrogen quinquevalence has an interesting history15. By 

using the molecular orbital configuration 

( 1) 

for an excited state of N2 , samuel16 in 1944 derived the valence-bond structure 

:11=11:, 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 
+ :d; 

In 1945, Wheland17 defended the Lewis structures (i.e (4)-(6», and suggested 

that N20 could be formed by combination of the excited NO configuration 

(2) 

with a nitrogen atom. From this NO configuration, Wheland obtained the valence-bond 

structure •• --0:, which enabled him to retain the nitrogen quadrivalence in the . .. 
Lewis structure (4). In another paper, Samuel implied that the excit.ed NO configu-

ration corresponded to the valence-bond structure •• =0· , which gemrrates nitrogen . .. 
quinquevalence in the reaction . 

:~. + :N==N==q: 



179 

On 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 N2 and NO so that they would obtain electron-pair bonds for N20. 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 N2 

and NO configurations of EqS. (1) and (2), we obtain the valence-bond structures . . . . . . 
~ and ''!-+~'' 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 N20. 

. . . 
N=N===O: . . ~ 

:N===N+Q. 
( 11) (12) 

The valence-bond structure (12) is similar to the "increased-valence" strue-

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 

(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 de localization 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 quinquevalent::e 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 discussic'ns of chemical 

reactivity. For example, 03 reacts with univalent radicals such CiS hydrogen and 

chlorine atoms, and NO, to form 02 + HO, C10 or N02. In Chapter 22, we shall find 

that the electronic reorganization that may' occur as the reactions pI'oceed is easily 

followed through by using "increased-valence" structure (14) rather than the 

classical valence structure (15). In (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. 

~o~ 
0-' ~O 

(14) ( 15) 

In Section 13-2, we have generated "increased-valence" structure (16) from the 

standard Lewis structure (8) for N20 4• 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 posnible 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 N02 monomers of (17) and (18) are obtained, with their odd-electron 

located in a nitrogen atomic orbital of (17), but delocalized over t;he molecule in 

( 18). only the latter description is in accord with the results of e.s.r. 

measurements 21. 

··0" ..~ -0" :0-, ,0 \ " ~ 
Nf N N· N· ..-.. IN. 

./ ~ I .1 
° .. 0. .P .. ... • 'I 

(16) (17) (18) 

For each of the "increased-valence" structures that we have deElcribed 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 reElonance between 

standard and "long-bond" Lewis structures, each of which obel's the octet rule. This 

t Using the procedures described In Section 14-3, It mey be deduced thet the maximum nitrogen velence 

for <161 Is 4.25, end thet e tote I of 18 electrons pertlclpllte In bonding between 1111 l'IIlrs of etoms. 
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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 d~ - p~ BONDING FOR SOME 

SULPHUR COMPOUNDS 

d-ORBITALS AS POLARIZATION AND HYBRIDIZATION PUNCTIONS 

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-1:ype 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)2S0. 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 delo.;alizing oxygen 11 

or ii electrons of (1) into either a vacant sulphur 3d-orbital or into bonding s-o 

orbitals; the relevant (overlapping) atomic orbitals for the latter are a sulphur 

hybrid orbital of an adj acent S- C a -bond and an oxygen 1[- or ii -orbi tal. In (3), 

1-electron bonds replace the additional ~-P1[ bond that is formed when the sulphur 

atom expands its valence shell in (2). Similar types of structures for SO~- are 

(4)-(6), with the sulphur atom for (5) utilizing two 3d-orbitals in the two d1l -p1[ 

s-o bonds. 

CH3 CH3 CH3 

"(+) .. H ~S=o: ~(' . O· :S-O: 
/~'~ .. / .. / .. 

CH3 CH3 CH3 

( 1) (2) (31 

•• H .. .. 
:0: 0: ·0· 

'(+2) 

" 
+ 

(-~ /1'··(-) H:p.~i~.9: H .. ............ /i~ . 
_.0._ .P .. ·p.- PI 

:0: :0: :0: •. H .. H .. (-) 

(4) (5) (6) 
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It is important to distinguish betwe~n 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,,1. Thus, the octet and expanded valence-shell structures (1) and (2) have 
23 4 23 4 C1s P , V3 + C2sp , V3 and C1s p d, V4 + C2sP d, V4 valence-state configurations for 

the trivalent and quadrivalent sulphur atoms. For structures (4) and (5) the 

sulphur valence-state configurations are sp3, V 4 and sp3d2,v 6. When a 3d-orbital 

participates as a polarization function, it "merely moderates the shape of pre

existing orthogonal hybrid atomic orbitals"1. For example, the three sulphur 

orbitals that form a-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 c 1 s + c2P + c3d. The 
2 3 4 2 2 resulting valence-state configuration is then C1s p , V3 + C2sP , V3 + C3s p d, V3 + 

C4Sp3d, V 3• 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,.. - P1l 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 ~ - Pw bonding is more likely to occur in either 

of the following situations: 

(a) The R substituents of R2SO are alkyl radicals. In 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 11 or ;; 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 a-bonds in a standard octet structure - for example 

(4) for SO~-. 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 account·s 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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In Section 11-4, we have described the electronic structures for F2 SO and 

F2SS. These molecules are isoelectronic with SO~-. 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 A and 1.86 A) to 

those of double bonds (1.49 A and 1.89 A), and also for the lengthening of their S-F 

bonds (1.59 A and 1.60 A) relative to 
o 

the estimate of 1.54 A for the length of an 

S-F single-bond. TO do this, we used primarily the "increased-v.llence" structures 

(8) and (10), which may be generated from the standard Lewis structures (7) and (9) 

by delocalizing oxygen 11- and ii-electrons into bonding s-o orbitals. If it is 

assumed that oxygen lone-pair electrons delocalize into a sulphur 3d orbi tal 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 

'\ (+J •• (-) 
:8-0: / .. 

F 

F 

'\ . 
:8-i-O: / . 

F 

F 

" (+J •• (-) :S-8: / .. 
F 

F 

\ . 
·S-.!.-S· i . .. 

F 

(7) (8) (9) (10 ) 

F 

'\ .. 
)S S: 

F 

( 11) (12) 

In contrast to what is the case for F2SO, the bond-lengths for isoelectronic 

(CH 3 )2 S0 (C-S = 1.80 A, s-o = 1.48 A)7 suggest that sulphur 3d orbitals do partici

pate appreciably in S-O bonding. The s-o bond-length is shorter than a single-bond 

(1.70 A), but the C-S bond-lengths are essentially those of C-S single-bonds (c.f. 

1.82 A 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-l'~ngths. 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 oxygen 11 and ii electrons of (1) to generate "increased-valence" 

structure (3) must occur only to a small extent; otherwise the C-S bonds of (CH3)2S0 

would be rather longer than single bonds. 
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Each of the tetrahedral AX3Y molecules of this Section has 32 valence-shell 

electrons, as have the sulphones and A04 anions of Sections 17-4 and 17- 5. Con

sideration of the bonding for these AX 3 Y 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-Iengths9 of 1.432 A and 1.159 A for this molecule are respectively longer 

than the N-F bonds of NF3 (1.37 A) and similar to the bond-length (1.15 A) for free 
~. . ~ . 

NO with valence-bond structure :N=O: (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, 

F 

\(+1 •• (-I F7-g: 

F 

•• (-I 
:F: 

(13) 

r (+In. 

··~7N=O: 
:F .. 

!f: 

(14 ) 

•• (-I 
:F: 

(14 ) 

..~ (+1 

1"\ N=O: 
H •• I :F: .. 

:F: .. 
( 15) 

•• (-I 
:F: 

(+1 (+1 

(-I •• /N=O: 
:F: .. 

F 

(15 ) 

.. 
:F: 

\ .(+%1 

(-~~ ./N.....:....O: 
:F-

:F: .. 
( 16) 

or from 3F + NO via FNO and F2NO according to (17) + (18) + (16). 

F F 

. 
:f.: 

\ • (+%1 \ .(+%1 
.N--=--O: ----.~ (~~I. N~O: 

:f." / 
F 

( 17) (18) ( 16) 
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Valence-bond structures of type (16) have satisfactory arran':Jements 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 t:ype (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 

lengths10 of (CH3)3NO are 1.495 A and 1.404 A, which are respectively only slightly 
o 0 

longer and shorter than estimates of 1.47 A and 1.44 A for C-N and N-Q single bonds. 

Therefore, with respect to these bond-lengths, the Lewis strucl:ure (19) gives a 

fairly satisfactory representation of the electronic structure of ICH3)3NO. A small 

amount of oxygen 11 and ii electron delocalization, as is shown :In (20), could be 

responsible for the small C-N lengthenings and N-Q shortening. 

CH3 

'" (+) •• (-) 
N-O: -1 .. 

CH3 

CH3 

"\ . 
N • 0" 

~-. 
CH37 •• 

CH3 CH3 

( 19) (20) 

For F3 SN, we may write down the standard Lewis structures of types (21) -

(23). These structures satisfy the Lewis-Langmuir octet rule, but l:hey each carry a 

formal charge of +2 on the sulphur atom. 

.. (-) .. (-) 
F :F: :F: 

\ (+2) •• (-2) 

.. .. 
(+2) (-) (+2) 

F'7S--~: F~S=~: (-) );==:N: .. 
:F: .. 

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) 



(+) 
S=N' ./- . 

F 

(24) 

or by 

(-%) 
:F.-.. ' 

187 

F 

\ (+). • (-%) 
S=N: 

! 
F 

(25) 

•• (.%) 
:t;: 

(26) 

F" 
F,,/S::=N: 

F 

(27) 

(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 11 of 1.45 A and 1.65 A are respectively shorter than 1.50 A for free SN 

(with valence-bond structure (28», and longer than the S-F single-bond length of 
o 

1.54 A. 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 i-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). 

(+%) (-%) 
.. 

:F: 
x X 
:S--O-N: \(+) ~:) 

.. S=N: 

(28) (29) 

..H 
:F: .. 

(+) 
•• S:=:N: 

(30) 



:F: ._-- .. ..... . '. 
:~==N: 

(31 ) 
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(32) 

:F: 

\.S==N: 
(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 C,3.nnot 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]:. for F 3 SN 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 F 3 SN, 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 A) and FSN (1.45 A), whose electronic structures are to be 

described by (28) and resonance between (30) and (32) respectively. 

17-4 SULPHONES XYS02 

For so~-, which is isoelectronic with F3SN, the Lewis octet, expanded valence

shell and "increased-valence" (with no valence-shell expansion) stxuctures are of 

types (4)-(6). Similar valence-bond structures for the XYS02 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 
o 

single bonds, and the s-o bond-lengths are shorter than the 1.48 A for the double 

bond of free SO. With respect to the s-o 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 

F 3 SN, the sulphur atom carries a formal charge of +2 in the Lewis octet structure 

(34). presumably, expanded valence-shell structures of type (5) shc,uld be similarly 

preferred to (6) for so~-, whose s-o bond lengths of 1.48 ]:'13 3.re appreciably 
o 

shorter than the single-bond length of 1.70 A. It should be noted however, that for 

structure (5), some further "increased-valence" may be developed by delocalizing 

non-bonding 11- or ii-electrons from the 0- into bonding s-o 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 

2- 2- ) must occur to some extent (c.f. C20 4 and C03 of Sections 13-2 and 13-5 • 
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•• (-I .. .. 0: :0: 0: ·0· 

'(+21 II + 11(-) /1,,·1-1 s 
x/i'='p: (_I /.S~ 

X .9: x/I '.9: ~o.. -1- ~ 
y y y 

(34) (35) (36) (37) 

r(SX) r(sy) r(so) 

F,;O 
(a) 1.530 1.530 1.397 s 

F/'O (b) 1.530 1.530 1.405 

F,,;O 
(e) 1.55 1.985 1.408 (ass.) s 

c('o 

Cl bO 

"s' 
c(, 

(d) 2.011 2.011 1.404 

~;O 
(e) 1.763 2.046 1.424 

l'-o 
Cl " 

CH3;O 

's (f) 

F/'O 

1.759 1.561 1.410 

CH3;O 

's (g) 1.777 1.777 1.431 
/~ 

CH3 0 

REFERENCES: (,,) Hagen, K., Cross, V.R. and Hedberg, K., J. Mo I. Struct., 44, 
187 (1978). (b) L I de, OeR., Mann, D.E. and Fr I strom, R.M., J. Chem. Phys., 26, 
784 (1957). (c) Harg I ttae, I., Lecture Notes I n Cham I stry 6, Su I phone Mo I ecu I ar 
Structures, Springer Verlag, Berlin, 1978; COW. Holt and MoC.L. Gerry, Chem. 
Phys. Letts. 9, 621 (19711. (d) Harglttae, I., Acta Chlm., Acad. Sci. Hung., 
60, 231 (1969). (e) Harglttae, Mo, and Harglttae, I., J. Chem. Phys., 59, 2513 
(1973). (f) Harglttae, I., and Harglttae, J. Mol. Struct., 15, 399 (1973). (g) 
50 Salta and F. Makino, Bull, Chem. Soc. Jape, 45, 92 (1972). 

Table 17-1 Bond-lengths for some sulphones. 

·0· .. 
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17-5 

Because nitrogen 3d-orbitals do not participate in bondin9 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 NO~-. The "increased-valence" structure may be constructed either 

by delocalizing oxygen 11- or ii-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

tion that the N-O bond-lengths 14 of 1.39 i for NO~- are shorter than the estimate 

of 1.44;' for an N-O single bond (cf. (20) for (CH3)3NO) • 

.. (-) 
:0: 

L+) 
:p.~i'.p: 

(-) :9: (-) 
(-) 

(38) 

.. 
0: 

II 
N .. /, ............... 

·R· .9: 
(-) :9: (-) 

(-) 

(39) 

.. 
·0· .,. 
N .. //"', .............. .. 

·PI ·9.-
(-) :0: (-) .. 

(-) 

(40) 

3- « )' + ,+ In the Lewis octet structures for P04 38 w~th P replac~ng N ), the 

phosphorus atom carries a formal charge of +1, and both expanded valence-shell and 

"increased-valence" structures that are similar to (39) and (40) may be constructed. 

F3PO is isoelectronic with PO~-, and the corresponding valence-bond structures are 

(41)-(43). The P-F bond-Iengths15 of 1.523 i are shorter than the '1.561 i 16 for PF3 

(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 pol-, whose p-o 
bond-Iengths17 ,18 of 1.54 A are longer than the 1.437 A for F3 PO but much shorter 

than the estimate of 1.73 A for a p-o single bond18 • 

.. (-) .. .. 
0: ·0· :0: 

II + I (+) p P 

F/j ............. F F/I ............. F F'/' ............. F 
F F F 

(41) (42) (43 ) 
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The thio anions S20;- (n = 3-6) provide an interesting set of systems to 

contrast the alternative delocalization theories of Sections 17-1 to 17-5, namely 

those of de localization 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)-(41), each of which involves considerable formal charge 

separation. 

H 

(-) '0' H 

:P,'J~q: 

(44) 

s 
1(+2) 

:§: 

H 

H 
(_) :0: 

~o,\ r (+) 

S· (+) 

:p~/' 
(-) '0' ... -

(-) 

(45) 

H 

(-) :0: (-) 
10· I -0-· .. , / .. i (+2) 

/S:(+) 

~o.. I 
H '0. ... 

(-) 

(46) 

(-) 

(-) :0: H 

~0,1/0; 
S 

1(+2) 

(+2) 

··0/,'0· .. •• _. 'I 

(-) :9.: (-) 
(-) 

(47) 

On 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-o 

orbitals is of rather greater relevance. Using these delocalizations, we can 

generate valence-bond structures of types (48)-(51) from (44)-(47). 

(-) (-) (-) (-) 

.. .. .. .. 
'0· :0: :0: :0: 

'o~l~o. ·'0 \ "o'l~o· :d,!~b\ .~ • 5: 

I I I I 
IS: ·/or s: ~S~ .. .:O~/ .0 ~O. \ .0 .• .. . . 
(-) :0: :0: :0: .. .. . . 

(-) (-) (-) 

(48) (49) (50) (51) 
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For each S03 linkage of (48), (50) and (51), we have indicated delocalizations 

of two 0- electrons into sulphur 3d orbitals. A small amount of delocalization of 

- 2-o electrons into bonding s-o orbitals is also possible (c.f. (37) for S04 ). 

The valence-bond structures (48)-(51) suggest that the S-S lengths should 

increase in the order S20~- < S20~- < S20;- < S20~-, 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 S20~-, the 

two ~-p,. bonds should be delocalized fairly evenly over the S··S and three s-o 

bonds, to give bond-numbers of 1~ for each bond. 
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CHAPTER 18 
TRANSITION METAl COMPLEXES WITH CO, N2, NO AND 02 LIGANDS 

The diatomic molecules and ions, CO, N2 , CN-, NO and O2 , can bond to transi

tion metals. Isoelectronic CO, N2 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 O2 , 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 O2 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. 

H (+) 

:C=O: :N=N: 
(1) (2) 

(~~ (+) 
(-) 

~-N=N: 

(5) (6) 

18- r CARBONYL COMPLBXBS 

(-) 

:C=N: 
(-) (+) 

M-C=O: 
(3) 

(-Yo) (+Yo) 
X 0 X 

:N=O: 

(7) 

(4) 

(8) 

In the standard Lewis structures (4), (5) and (6), we have used a lone-pair of 

carbon or nitrogen electrons to form a a-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" orbitals. In structures (4)-(6), we have indicated two sets 

of lone-pair electrons. If we assume that these electrons occupy metal ~z and dyz 

atomic orbitals, then they can overlap with the atomic orbitals that form the "x and 

"y 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 ,,-orbital overlaps that pertain for trigonal 

bipyramidal and octahedral carbonyl compounds, such as Fe(CO)S and cr(CO)6. For 

tetrahedral compounds such as Ni(CO)4' the metal-carbon" overlaps are similar to 

those described in Section 4-5 with the d z2 and ~2_y2 metal orbitals forming strong 

,,-bonds, and the dxy ' ~z and dxz orbitals forming weak ,,-bonds. 
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vco nCO nMC 

CO 2150 3.0 

Ni(CO)4 2056 2.5 (2.64)a 1.5 (1.33)a 

co(CO)4" 1886 2.375 (2.14)a 1.625 (1.89)a 

Fe(CO)~- 1786 2.25 (1.85)a 1.75 (2.16)a 

Table 18-1 Data for some carbonyl compounds. aExperimental estimates. 

The tetracarbonyls Ni(CO)4' CO(CO)4 and Fe(CO)~- 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-o bonds decrease in order of CO> Ni(CO)4 > 

CO(CO)4 > Fe(CO)~-. 
The electronic configurations of isoelectronic Ni, Co- and Fe:!- are (3d)8(4s)2 

from which we may obtain the low-spin valence-state configuration C)f (9) with four 

vacant orbitals. These orbi tals may be sp3 hybridized, and used by the four c-o 

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 

0(+) 

III 
C 

(+) .\.. (+) 

:O:==C -----:.MrL-C==:O: 

C 

III (+) o .. 
( 10) 

(9) 

4s_4p -

•• (+1~) 
O· 

~. (-%) 

. II. 
:o==c=~, ,"-==,C =?9' 

C 

·11 
'0 .. 

(11) 

TO remove formal charge from the metal, and from the oxygen atoms, we may 

delocalize metal electrons into antibonding C-O orbitals. For Ni4 - and co5-, we can 

delocalize four and five 3d electrons, thereby generating "increased-valence" 



195 

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) ~ -, 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)~-; 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.) 

00 (+Yo) 
0 0 

It (-Yo) 

(+Yo) (-Yo) II 1_) 0 

'o--=--c = ~o:==c -+-9' 

C (-Yo) 

oil 
og (+Yo) 

(12 ) 

In Table 18-1, we have reported c-o 

stretching frequencies 

calculated and (in parentheses) experi

menta11 c-o and M-C bond orders and bond-

numbers and Since the 
o 

"increased-valence" bonding unit M--C 0 0 

is equivalent to the resonance of 

II-C 

~.".- - - .... , 
it C 0, the M-C and c-o 

bond indices will both equal ~ if we assume 

here that the two structures contribute 

equally to the resonance. The calculated 

bond orders follow the experimental trends 

in bond properties. A recent empirical 

00 (+Yo) 
0 0 

It (-Yo) 

(+Yo) (-Yo) II (-) 0 

'il==C=r~C-+-Q' 

oCo(_) 

-I-
-2-

( 13) 

00 

000 

tH 
H 11\ (-Yo) 0 (+Yo) 

°O __ o_C=Fe=C-!.-O: 

00 0 -11,%) -
11 0 

go (+Yo) 

( 14) 
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relationship that has been established2 between vco and nCO' namely vco 

= 413 nCO + 904, gives CO bond-orders of 2.79, 2.38 and 2.14 for the three 

tetracarbonyls of Table 18-1. 

18-2 DXNXTROGBN COMPLBXBS 

Numerous complexes of N2 with transition metals have now been prepared3 , and 

the geometries for many of them are now known. We shall describe the metal-N 2 
] 4+ 

bonding for two of them here, namely COH(N2 )(PPh3 )3 and [{RU(NH3 )5}:;:N2 • 

18-2(a) COB(N2 )(PPh3 )3 For COH(N2)(PPh3 )3' the CO-N2 linkagH has been found 

to be linear4 , with Co-N and N-N lengths of 1.802 A and 1.126 A. We may compare 

these lengths with the estimate of 1.96 A for a Co-N single bond4 , and the 1.098 A 
for the triple bond of free N2• 

From the (3d)7(4s)2 ground-state configuration of Co, we may obtain a (3d)9 

valence-configuration (14) with one unpaired electron. This electron may be used 

for a-bonding with a hydrogen atom. The four vacant orbitals of (14) may be used 

for a-bonding by N2 and the three PPh3 ligands. In (15), we show the a-bonding for 

the CO-N2 linkage. 

• 3d - H (+) 

'Co.--N=N: "OJ' -

( 14) ( 15) 

To form five a-bonds, the cobalt may use hybrid orbitals that are constructed 

from its 3dz2, 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 

lone-pair electrons of (15) occupy 3dxy, 3dyz , 3dxz and 3dx2_y2 orbitals. The 3dyz 

and 3dxz orbitals overlap with the lIy and liZ bonds of the N2 ligand. 

In (15), the formal charge for the cobalt atom and the adjacenl: nitrogen atom 

are negative and positive respectively, relative to their values pri,::>r to coordina

tion. we may reduce their magnitudes by delocalizing one electron from each of the 

d yz and d zx orbitals into bonding CO-N 11 Y and 11 z orbitals, to obtain" increased

valence" structure (16). 

""c· • N--\:.0 .... ===N: 

( 15) ( 16) 
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In (16), the N-N w-bonds have bond-numbers less than unity and therefore the 

N-N bond should be longer than that of free N2• The Co-N bond of (16) has double

bond character, and therefore this bond would be expected to be shorter than a 

single bon~ The bond lengths which are reported above confirm these expectations. 

We note that the Co-N2 bonding is similar to that which we have described for 

N20 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 exten~ 

(+%) (-%) (+%) (-%) (+) (-) 

leo -=- N ==N' '. -- '.' 'Co --N • N' e. = ~ .. 
( 17) (18) ( 19) 

18-2(b) ({RU(8B3 )S) 282] 4+ N2 can bond simultaneously to two Ru(II) ions, 

and this occurs in the cation [{Ru(NH3)S}2N214+. The RU2+ conf.iguration is (4d)6, 

and the a-bonding with the N2 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 delocal1zing 

4dxz and 4dyz electrons of RU2+ into vacant bonding Ru-N w-orbitals. For each set 

of w-electrons, there is a 6-electron 4-centre bonding uni~ 

(:!"i (+) (+) r{! 
:R~ A N = N ---r-~u: 
.~. I~· 

. . 
:Ru -:- N == N ~Ru: . . 

(20) (21) 

The reported Ru-N and N-N lengths6 are 1.928 i and 1.124 i. Davis and Ibers7 

have estimated the Ru-N single bond length to be 2.12S A and (21) indicates clearly 

that the Ru-N bonds of [{Ru(NH3)S}2N214+ are shorter than single bonds. The N-N 

length is longer than the triple bond of free N2 , and (21) with fractional N-N 

w-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 A for N2• "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 MBTAL 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 examine the bonding for the ltu-NO linkages of 

the diamagnetic complex [RUCl(PPh3 )2(NO)2] +, which we shall init:ially express in 

terms of its components as Ru2+ + Cl- + 2 PPh3 + 2NO. The bond-angles for the two 

Ru-NO linkages are8 178 0 and 138 0 , and therefore essentially lin.ear and angular 

linkages are present in this complex. 

The valence-shell electronic configuration of RU2+ is (4d)6 of (22). TO form 

a diamagnetic complex, it is necessary for this configuration to he,ve two unpaired 

electrons available for spin-pairing with the unpaired electrons of the two NO 

ligands. Therefore, we have represented the (4d)6 configuration of (22) as an 

intermediate-spin configuration, with a t 2g orbital and an eg orbital singly 

* occupied. The t 2g orbital can overlap with an antibonding IINO orbit.al of NO • 

•• ____ 4d 5s ... __ _ 5p_ 

o I 
(22) 

In (22), there are five vacant orbitals that may be dsp3 hybridized, and used 

for a-coordination with five ligands. If this is done, we obtain t:he valence-bond 

structure (23) with four unpaired electrons. Because the singly-occupied t 2g 

* orbital and a IINO orbital can overlap, we may spin-pair two electrons to obtain the 

"increased-valence" structure (24). This structure has two unpaired electrons that 

* occupy non-overlapping eg and IINO 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. 

Xo (+%) 

°Il 
XN (+%) 

, (+%) (+%) 

~~x ° X ° ~Ru+----N=O: 
~oTo 

(23) 

:11 (+~) 
xN (+%) 

\ (+%) 0 ~+%) 
E:;Ru=N=O: 
.... "1"0 

(24) 

(+%) 
1.166 0" 

"'-.~ 0 

(-%)-?-
.0N 

1.853 \ (+%) (~%) 
---.. Ru ==N~O: 
/.0"'1.743 1.158 

(25) 
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To ob~ain diamagnetism, it is necessary to assume that one of the NO ligands 
2+· * does not coordinate to the Ru as a Lew~s base, and that the ~NO unpaired electron 

of this ligand spin-pairs with the eg unpaired electron of (22). This eg orbital 

can hybridize with the 5s and 5p orbitals to form five dsp3 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-lengths8, 

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 
o 

complex are similar to those of free NO (1.15 A) 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 considered9 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 NO+ and NO- have coordinated to the low-spin Ru2+ of (28). It is now 

possible to generate "increased-valence" structure (25) from (29) by delocalizing 

* (i) a non-bonding t 2g electron from the ruthenium into a vacant ~NO orbital of the 

NO+, thereby reducing the magnitudes of the formal charges, and (ii) a non-bonding 

Wo electron of the coordinated NO- into the adjacent NO bond-region. These de local-

* izations generate (30), from which (25) is obtained when the remaining t 2g and ~NO 

odd-electrons are spin-paired. However, it seems easier to generate (25) by 

assuming that free NO radicals rather than NO+ and NO- are the valence-states for 

the ligands. 

(+) 
:N=O: 

(26) 

(-) 

:t'!==9: 

(27) 

• 4d 55 _5p_ 

(28) 

"N~: 
,t.~(+) 
~Ru+--N=O: ..... "r' 

(29) 

(-Y.!) ot+Y.!) 

"N=" 
--+ I (+Y.!) (+Y.!) 

::::Ru-N....!..-O: ...... ··1·· -

(30) 

Further examples of "increased-valence" descriptions for transition-metal 

nitrosyls are provided in Ref. 10. 
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18-4 DIOXYGBNYL ADDOCTS 

Many transition metal complexes are now known to form adductf; with molecular 

oxygen. Those which combine reversibly with 02 are designated as oxygen carriers; 

adducts in which 02 is absorbed irreversibly are also known. Here, we shall provide 

"increased-valence" descriptions for some revers ible Fe (I I) and Co: I I) dioxygeny 1 

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) oxyhaemoqlohin Haemoglobin (Hb) is probably the most familiar 

oxygen carrier; it transports 02 from the lungs to the tissues of the body. The 02 

absorption is reversible; 02 combines with the iron atoms of haerr.oglobin at high 

pressures in the lungs, and is released to the body tissues at low pressures. 

Haemoglobin has a molecular weight of.,. 64500 and contains four iron atoms 

which are formally in the ferrous state. Each iron atom is coor~inated 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 estimated11 to lie 0.83 A below the 

plane of the four porphyrin nitrogen atoms. 

In haemoglobin, each of the four ferrous ions has four unpaired. electrons with 

parallel spins in the ground-state, and therefore the molecule is paramagnetic 12. 

The six electrons of the Fe2+ ions have the orbital occupations displayed in Fig. 5-

1 for high-spins = 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 comple:< (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 Fe2+ may be used to form an Fe-N single bond between the Fe2+ and 

(31 ) 

the nitrogen atom of the proximal histidine 

of (31). Resonance between the four 

valence-bond structures of type (32) 

therefore provides a valencE!-bond descrip

tion of the Fe-N bonding for each heme 

group of haemoglobin. 

N~ 
Z::/--CH N 2_ (32) 

I 
H 
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When four oxygen molecules bind to the four iron atoms of haemoglobin, 

oxyhaemoglobin is forme~ Magnetic susceptibility measurements13 ,14 indicate that 

each Fe(II)02 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 15 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 questioned14 .) Here we shall describe 

some bonding theories for the S = 0 ground-state of each Fe(II)02 linkage. similar 

theories are also appropriate for oxymyoglobin with one Fe(II)02 linkage, and the 

"picket fence" Fe(II) oxygen carriers. 

To account for the diamagnetism of oxyhaemoglobin, pauling and Coryell13 in 

1936 suggested that an S = 0 excited state with valence-bond structure (33) for 02 

could coordinate with the low-spin (s = 0) configuration of (34) for Fe2+. In (34), 

the six vacant orbitals may be d2sp3 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 02. For oxyhaemoglobin, the iron atoms lie in 

the plane of the nitrogen atoms of the porphyrin ligands11 • By coordinating the 02 

of (33) to the Fe 2+ of (34), pauling and coryell13 obtained the standard Lewis 

structure (35) for each Fe-02 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 °2, Pauling and Coryell concluded that a 

"profound change in the electronic structure of 02 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. 

:0==0: .. .. 

(33) 

(+) ~Q: 

t ...... F ~ 

"I'~ (-) 

(35) 

3d 45 - 4p-

(34) 

(36) (37) (38) 
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By delocalizing lone-pair electrons from the Fe- and 0- of (35) and (36) into 

vacant bonding Fe-O or 0-0 orbitals, we reduce the magnitude of th.~ formal charges, 

and obtain "increased-valence" structures (37) and (38)16-20, 

In (37) and (38), the 02 excited and ground-states (33) and (8) are respec

tively bonded to the iron. We might therefore expect (38) to be Blore stable than 

(37). If this is so, then we may give the following description of the reaction 

between 02 and an iron atom of haemoglobin. As the ground-state of 02 approaches 

the high-spin Fe(II), the latter is promoted to the valence-state configuration of 

(39), which is an intermediate-spin state (s = 1) with two unpa.ired electrons. 

These two electrons spin-pair with the two unpaired electrons of 02 to generate an S 

= 0 Fe(II)02 linkage with the "increased-valence" structure (38). Thus, we may 

write. 

(38) 

:::~-r-_____ ~3_d -r--,r----r_
4

_
S 

T-_.,...-4_
P 
.... ---,·1 '\ :/~E-'" v~ 

---.~ ~11i--r 
~I' 'I··~ 

(39) (40) (41) 

In 1960, MCClure21 had suggested that this promotion of Fe2 + to the 

intermediate-spin state of (39) occurs when it .reacts with 02' and we have given 

here the valence-bond structure that corresponds to this description. The results 

of some Mossbauer measurements22 indicate that the promotion energy is rather small 

- oJ' 250 cm- 1• 

The Fe(I I) (S = 1) + 02(S = 1) theory for the bonding of 02 to haemoglobin has 

been discussed on a number of occasions16- 21 ,23-26. Generalized val'~nce-bond27 and 

molecular orbital calculations28 provide further support for this hypothesis, 

although it has been recently questioned29• 

Although the possibility also exists that the 02 may bond symmetrically to the 

Fe(II), as occurs in "increased-valence" structures (40) and (41), e>:perimental and 

theoretical evidence30,27 now favours the non-symmetrical conformati·:>n displayed in 

valence-bond structures (35)-(38). 
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The 0-0 stretching frequency of 1107 cm- 1 for vxyhaemoglobin31 is often 

cited32 - 34 as eVidence that the superoxide anion 0; is bonded to low-spin (s = 1:1) 

Fe3 +, with spin-pairing of the unpaired-electrons of these two species to form S = 0 

Fe(III)O; linkages. For 0i, as in K0 2 , the 0-0 stretching frequency is 1145 cm- 1 , 

whereas that for free ground-state 02 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 0-0 bond-order for (38) can therefore be 

reduced below the value of 2 for free 02' thereby leading to a reduction of the 0-0 

stretching frequency for oxyhaemoglobin18 • Molecular orbital calculations28 give 

an 0-0 bond-order of 1.6 when the 02 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) Coba1t Oxyqen Carriers Molecular oxygen can form both 1:1 and 2:1 

adducts (Co-02 and Co-02-Co) with different CO(II) complexes. For the 1:1 adducts, 

the 0-0 stretching frequencies are similar to those32- 34 of 02' 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 as CO(III)02' with the 0'2 forming a 

coordinate bond to low-spin Co(III), which has a (3d)6 configuration. Alterna

tively, we may formulate16- 20 the electronic structure as CO(II)02' for which the 02 

valence-bond structure (8) has spin-paired one of its two unpaired electrons with 

the unpaired electron of low-spin CO(II) !3d)7. Thus, we may generate the 

"increased-valence" structure (42) by means of this reaction. 

X. 
(-%) .c[. (-%) ·0· (+%) -0-

(.%). /0; XO~ /e. (+%).,;/ • (.%) Y;l 
~O 0 -1' .. q. 

J< 
.:0.; " • X I ----. I 

I 

.... 0,-, I 

);f.1 '1:.0< ...... e-,(" 

~~ I·~ ~·I·~ ~~.,.. ~~ 
(42) (43) (44) (45) 

The CO(II)02 structure (42) accounts simply 18 for the observations that we 

have discussed above. The 02 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 02 bonding electrons will not be shared equally by 

the two oxygen atoms. This reduction in the extent of covalent bonding for the 02 

of (42) should be chiefly responsible for the decrease in 0-0 stretching frequency 

that is observed when 02 bonds to CO(II). 

We shall now compare the CO(II)02 and the CO(III)O; structures. The valence

bond structure for low-spin co(III) and 0; are shown in (43). On coordinating the 
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0; with Co(UI), we obtain the CO(III)O; valence-bond structure (44). We may also 

form the "long-bond" CO(III)O; structure(45), which for non-symmetrical coordina

tion, should be less stable than (44). We now note that the Co- 0 • 0 bonding unit 

summarizes resonance between Co---O Therefcre, the CO(II)02 

structure (42) is equivalent to resonance between (44) and (45), and each of these 

CO(III)Oi structures is now a special form of the CO(II)02 structure. The CO(II)02 

structure must be more stable than either of the CO(III)Oi structures. 

We may construct another CO(III)Oi structure, namely the "increased-valence" 

structure (47). TO do this, we spin-pair the unpaired electron oj' 0; 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 studie~ 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 (Hb0 2), the Fe(III)oi 

structure (48) will participate in resonance with the Fe(II)02 structure (38), but, 

because the latter structure has three extra bonding electrons, it should be more 

stable than (48). 

(-y,,) (-y,,) (-y,,) 

(-y,,) ~O: (-Y,,) •• ~.q: (-y,,) ....... ,...,.9: 
:b 0 i- :0 . ~O • 

.i- .. J~ ~ 

'c"o~ " /' Fe ,.. .. , .. , ,..··1··' , .. , ...... -. 

(46) (47) (48) 

The S = ~ and S = 0 spin wave-functions for the Co(II)02 and Fe(II)02 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. 
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CHAPTER 19 
SOME ELECTRON-EXCESS a BONDED SYSTEMS 

Most of the "increased-valence" structures that we have discu:~sed so far may 

be derived from Lewis structures by delocalizing lone-pair ~ 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 a electrons of a Lewis structure 

into bonding or antibonding a orbitals. some other examples will atso be discussed 

in Chapter 20, where the theory will be presented in a slightly different form. 

However, the principles for both chapters are the same. 

19-1 TRIHALIDB ARIORSARD SOMB RELATBD MOLBCDLBS 

Each of the trihalide anions 1j, Brj, Clj and 1eli, and XeF2' have 22 valence

shell electrons. XeF2 is a symmetrical linear molecule1, and a similar geometry has 

been reported for each of 1j, Brj and 1Cli 2. Non-symmetrical geometries for some of 

these trihalide ions are also known2 but we shall not concern ours.~lves with them 

here. EXcluding the possibility of d-orbital participation, we shal.l now describe 

standard Lewis, "increased-valence" and Linnett (Section 2-2) non-paired spatial 

orbital bonding schemes for these systems, using Ii and XeF 2 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 

A-B ++ Y-A 

can occur for four a-electrons. Therefore, the bonding schemes for ""his chapter do 

not differ from those of the previous chapters, except in so far ,:l.S we shall be 

dealing only with a-bonding. Hypervalency is an extremely widespr.~ad 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 Hj •. This 

molecular orbital theory was first proposed in 1951 by Pimentel4 , and Hach and 

Rundle5 , and has been used subsequently by many workers2 ,6-9 to desc:~ibe 4-electron 
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3-centre a-bonding. Of course, it is also appropriate for 11 bonding, as we have 

indicated in earlier chapters. 

For Ii we may write down the two equivalent standard Lewis structures (1) and 

(2), each of which has an I2 and an I- component. Similarly, for XeF2 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 Ij and XeF2 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.) 

(-I (-I (+1 (+1 .. 
:1: 

.. 
:1: 

. . 
:F: Xe-F +-+ F--Xe 

.. 
:F: .. .. .. 

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

To form the I-I and Xe-F bonds in these structures, the simplest descriptions 

use the overlap of the 5pa orbitals on the iodine atoms, and the overlap of the 

xenon 5pa orbital with the 2pa orbital of the fluorine. This type of a-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 anti bonding I-I and Xe-F orbitals, we may 

obtain the "increased-valence" structures of (5) and (6). 

(-¥.II (-¥.II (-¥.II (-¥.II (+¥.II (+¥.II (-¥.II .. .. - -:J: . 1--1 ---. 1--1 • '1= .. :f.' • Xe--F ..... t---I.~ F--Xe • 'f.: 

(5) (6) 

For XeF2, Bilham and Linnett 10 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. 

, ...... :--....... , (-¥.II (-¥.II (-¥.II (+1 (-¥.II (·1 .. .. .. .. 
F" .~; "F :.1. . -I: :F· . Xe . ·F: 1-1--1 .. 

(7) (8) (9) (10) 
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probably the most convenient valence-bond structures for 13 and XeF2 are the 

Linnett non-paired spatial orbital structures (8) and (9), whic:h have two one

electron a bonds. 

In Chapter 23, comparisons are made between the wave-functions for Lewis, 

"increased-valence" and Linnett structures. 

For 13 and XeF2 , the bond lengths of 2.93 A and 2.01 A are longer than the 

single bond lengths2 ,1,11 of 2~7 i and 1~1 i for 12 and xeF;. Each of the 

valence-bond representations above indicates the presence of long 1'·1 or Xe-F bonds. 

If we include the Sdz2 orbital on the central atom of either system as a hybridiza

tion function (c.f. Sections 1-1 and 17-1), the valence-bond structures, such as 

(10) for 13 , 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 a-bonding for each of C1F3 , SF4 and PFS is similax: 

to that which we have described for XeF 2 , 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 SF4 and 

PFS )' The bond-properties implied by either set of valence-bond structures are in 

accord with the observation12- 14 that the axial bonds are longer tha.n 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 

1.60 
\1.70 

F-CI 

F 

\ ~ (+1 
F-CI •• 

(14) 

.. (-I 
:F: .. 

I 
F 

(11 ) 
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F \1.64 
~S 
F~I 

00 (-I 
:F: .. 

~ (+1 F-r 
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( lS) 

F 

(12 ) 

F 

F" I 1.53 
"""P--F 

F 11.58 
F 

(13 ) 

F 
.0 (-%1 

:F: 
o 

\. (+%1 
F-CI; 

o (-%1 
If.: 

\ (+%1 F-r 
F 

(16) ( 17) 
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F 

F"""",-I (+) 
F~P-F 

00 (-) 

:F: 
00 

(20) 

(24) 

F 

F____..,I(+%) 

F""""" P-F 

F 

o (-%) 
:F: 

(21) 

00 (_%) 
:f: 

........... S: (+) 

F~o 

:F: (-%) 
00 

(2S) 

In Section 4-8, we have generated pauling "3-electron bond" structures for 

CIF2 and SF3 from CIF + F and SF2 + F. A similar procedure may be used to construct 

the "increased-valence" structures for CIF3' SF4 and PFS. For example, by writing 

down SF4 as SF2 + 2F as in (23), then (i) delocalizing a sulphur 3p electron into an 

axial S-F bonding a-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 SF2 into separate 

aXial S-F bonding a-orbitals, as in (24), we obtain the Linnett structure (2S) for 

19-2 THE POLYIODIDE ABIOBS 

The geometries2 for the polyiodide anions IS' 17 and I~;" are given in (26), 

(27) and (28). Each of the I-I bond-lengths is longer than the single bond length 
o 

of 2.67 A for free 1 2• 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 12 + I- + 1 2, 12 + 13 

+ 1 2 , and 12 + I + 12 + I 

orbital structure (8) for Ii. 

+ 12 components, and used the non-paired spatial 

All of the bonds must be a-bonds. 
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19-3 

The penta-atomic ions xe2F; land H2Fj have the bond-lengths 15,16 shown 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 IS' and imply that the two terminal 

bonds of each ion should be shorter than the two bridging bonds, and that all bonds 

should be longer than the single bond lengths/of 1.81 and 0.92 A for xeF~ and HF • 

.. .. 
·F· ·F· .. 

(+%) (+%) (-%) (-%) 

F/
xe 

Xe H H~ 
~F F/ 

(38) F 
(37) 

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 5pa- or hydrogen 1s atomic orbitals, as is shown in Fig. 19-1 for xe2F;. 

Two 4-electron 3-centre bonding units therefore pertain for the eight a-electrons of 

these ions. However, both xe2F; and H2Fj have bridging bond-angles15,16 which are 

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 a-bonding with 

the xenon or hydrogen atoms. For linear xe2F;, the orbital overlaps are displayed 

in Fig. 19-1; a 5-centr"e overlapping scheme is involved, which accommodates six 

electro~s (two for F- and two from each XeF+ 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 2po-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 xe2F;. 



(+) 

F-Xe 

(-) (+) 

0i;" A Xe-F 
V" 

(39) 
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(+%) 

F--Xa 
.... 
.f. 

(40) 

(+%) 

Xe--F 

Evidence has been provided18 for the eXistence of a near-linear lSi the 

appropriate "increased-valence" structure (41) for it is similar to (40) for xe2F;. 

(-%) 

1--1 'j" .. 
(41) 

(-%) 

1----.,;., 1 

0 FG 

f@~' (~}E®X@fE@X@{v 
o t9 
Figure 19-1 Atomic orbitals for 4-electron 3-centre and 6-electron 5-centre 

a-bonding units for xe2F;. 

Without intending to become involved with the question of the extent of 

d-orbital participation in a-bonding by atoms of second- and highel,-row main-group 

elements, we note here that "increased-valence" structures which are, similar to (43) 

for C1F5, with no d-orbital participation, can account for the observed lengthenings 

of the equatorial bonds relative to the aXial bonds for the AF5 molecules listed in 

Table 19-1. If we use C1F5 as the example, we may construct "inc.r:eased-valence" 

r(A-Fax) r(A-Feq) r(A""Fax) r(A-Feq) 

a 1.571 1.669 SbF2- e 1.916 2.075 C1F5 5 
BrFb 1.699 1.768 TeF5 f 1.86:2 1.952 5 
IF c,d 

5 1.834 1.868 XeF+ g,h 
5 1.813 1.843 

1.817 1.873 1.793 1.845 (av) 

REFERENCES: (a) AI'tman, Mjakshln, I.N., Sukhoverkhov, V.K., Romanov, G.V. and Spll"ldonov, V.P., Ookl. 
Mad. Nauk. S.S.S.R. 1978, 241, 360. (b) Heenan, R.K. and·Roblette, A.G., J. Mol. Stl"uet. 1979, 54, 135. 
(e) Heenan, R.K. and Roblette, A.G., J. Mol. Struet. 1979, 55, 191. (d) Jones, G.R., Burbank, R.O. and 
Bartlett,lnorg. Chem.;1970, 9,;n64.(e) Ryen, R.R. and Cromer, O.T.,lnorg. Chem.,1972,l1, 2322.(1) Mastin, 
S.H., Ryan, R.R. and Asprey, L.B., Inorg. Chem., 1970, 9, 2100. (g) Leary, K., Templeton, O.H., Zalkln, 
A. and Bartlett, N., Inorg. Chem., 1973, 12, 1726. (h) Bartlett, N., Gannls, M., GII)ber, D.O., Morrell, 
B.K. and Zalkln, A., Inorg. Chem., 1973, 12, 1717. 

Table 19-1 AXial and equatorial bond-lengths (i) for AF5 molecules. 
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structure (43) via (16) and (42) for C1F3 and C1F4• starting with C1F3 + F, a 

pauling "3-electron bond" is developed in (42) for C1F 4 by delocalizing a non

bonding 3p electron into a bonding Cl-F orbital (c.f. C1F + F + C1F2 in Section 4-

8). The resulting anti bonding Cl-F a* electron is then spin-paired with the 

unpaired electron of a fifth fluorine atom to afford (43) for C1FS. 

F F F 

(+%)1.. •• (-%) (+) /. •• (-%) (+)/.,,/ •• (-%) 
F--CI ·F: ~ F--CI· ·F: -----+- F--CI ·F: C·· .. . . 

• (-%) • (-%) . :F: :F: :F: .. . . .. 
( 16) (42) (43) 

We may similarly proceed to SF6 via SF4 and SFS• When a fifth fluorine atom 

bonds to SF4, it is able to utilize the equatorial lone-pair on the sulphur atom of 

(19) for SF 4 , as in (44), to form "increased-valence" structure (4S) for SFS. In 

(4S), the newly-formed equatorial S-F bond involves a pauling "3-electron bond". If 

the Fax - S - F eq bond angles are assumed here to be 90·, then the sulphur atom is 

sp2 hybridized for the equatorial a-bonds. 

F F 

F'-..../ (+%) F'-..../(+I 
F I . .<-%) 

(-%) •• (-%) F,I+) •• f.: 
~sV ·F .. /S .. ·F: .. S .. 

F/·"F F • F • 
• (-%) . (-}~) .(-%) 

:F: :F: :F: .. .. 
(44) (4S) (46) 

TO use the unpaired electron of the equatorial bond for SFS 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 

2pa F , 3pa s and 2pa F 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 SF6 has "increased

valence" representations for its 4-electron 3-centre bonding units. In order that 

the six S-F bonds have equivalent lengths, (1.S61 A)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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o 
The S-F bond-lengths of 1.561 A for SF6 are only slightly longer than the 

estimate of 1.54 A 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 a-bonds, as in the Lewis structure (47). Maclagan20 has discussed the 

bonding for SF6 , 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 2pa-electron from each of the F- into a 

bonding S-F a-orbital to generate "increased-valence" structure (49), which is more 

stable than (48). "Increased-valence" structure (49) has an eXpande,d valence shell, 

and a 4-electron 3-centre bonding unit with a Pauling "3-electron bond" as a 

component. The bond-lengths for SF6 suggest that resonance betwe,en 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" 

.. (-) •• (-Y.zl F :F: :F: 

F,l/F C· . 
F",,5~F F ·~F 

~ "''''5 
F~""F F~I"F F"-"'''-F F F F 

(47) (48) (49) 

Recent studies21 of the geometry for SF5Cl give S-Fax = 1.571 i, S-Clax = 

2.055 A and S-F eq = 1.570 A, which are similar to the earlier reported lengths of 

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 THIOTHIOPHTHBNBS 

Bond lengths22 for thiothiophthene are reported in (50). The S-S bonds for 

this molecule and many of its derivatives22 ,23 are appreciably longer than the 
o 

standard single-bond length of 2.06 A. (For the derivatives, th,~ 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 a-re required to rationalize the observed 

variations in the C-S and C-C bond lengths. 

H 1'418 H 
1'368/C, yC""-!'368 

HC C CH 

1.6671 11'719 11'667 

STJ51S~S 

(50) 

(53) 

REPEREBCES 

(51 ) 

H H 
~C ,&::C, 

HC~ 'C~ CH 

I .I II 
:S---·S ·S .. .. .. 

H~I 

(54) 

1+%1 

H H 
C C 

HC' 'C/ ",CH 

I II I 
:S---S 0s: .. .. .. 

1+1 I-I 
(52 ) 

H H 
C C 

HC.?' 'C/ ~CH 

I II I 
:S---S ·S: .. .. .. 

1+%1 
(55) 

1-%1 
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CHAPTER 20 
INTERMOLECULAR DONOR-ACCEPTOR COMPLEXES 

20-1 QUAN~UM MBCHANICAL DBSCRIPTION OF DONOR-ACCBPTOR COMPLBXBS 

Mulliken1- 3 has 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 

be expressed 1-3 approximately according to Eqn. (1). 

( 1 ) 

Here we have retained only the first two terms of a more general expression 

for 'l'N which has been described by Mulliken. The (D,A) and (D+--A-) 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 

molecular orbital'. (Mulliken3 has also designated n-type donors as increvalent 

donors). Therefore, for this type of complex, D has a lone-pair of electrons and A 

has a vacant antibonding orbital in Eqn. (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 occupie~ 

Using our discussion above, and that of Chapter '4, we may deduce that the 

dative structure D+--A- of Eqn. (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 COMPLBXING OF TRIMBTHYLAMINB WITH MOLBCULAR IODINB 

Trimethylamine (Me3N) can form a crystalline complex with 12' The N-I and I-I 

bond-lengths have been measured4, and they are shown in (1). The I-I length of 2.83 

~ is longer than the 2.67 ~ for free 1 2 , and the N-I length of 2.27 i is longer than 
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the single bond length of 2.03 i. More recent measurementsS for a number of other 

amine-I2 complexes show that as the N-I bond-length decreases, the I-I bond-length 

increases. 

(CH3)3N ................ I---

2.27 2.83 

(1) 

In Eqn. (1), Mulliken3 has assumed that 0 = Me3 N , A = 1 2 , 0+= Me3N·+ and A-

12- and has written the wave-function for the complex as Eqn. (2). 

(2) 

Since 12 has a single bond, the extra electron of Ii must occupy an anti

bonding molecular orbital. Therefore, the valence-bond structure fe,r I; must be the 

pauling "3-electron bond" structure d . i)-. By spin-pairing the unpaired elec

trons of Ii and Me;, we may represent Me3N+--li by the "increased-valence" 

structure (3), and describe (approximately) the electronic structurE! of the complex 

in terms of resonance between (2) and (3). 

(+) (.%) (.%) .. 
I-I +-+ (CH3)3N--1 -I: .. 

(2) (3) 

20-3 HYDROGBN BONDING BBTWBBN TWO H20 MOLBCULBS 

. 
In the vapour, free H20 molecules have O-H bond-len"fths of 0.976 A. When H20 

molecules associate to form clusters in the gaseous, liquid or sol.id states, these 

o-H bonds lengthen and weaken a little, and the intermolecular 0-11 hydrogen bonds 

are very long and weak. some bond-lengths6 are reported in (4) for (0 2°)2 and 

(02°). The 0-0 stretching frequency is reduced from 2727 cm- 1 in HOO vapour7 to 

2454 cm-1 in ice IX. 

o 

\ 0.982 1808 
0-0 . ............ 0 .......... ~ 

\;0 
(4) 



219 

We shall assume here that the two H20 molecules of the water dimer form a 

charge-transfer complex, and describe the intermolecular bonding by means of Eq~ 

(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 = H20, A = H20, D+ = H2 0'+ and A- = H20'-, 

and write the wave function for the complex as Eqn. (3). 

(3) 

To form H20-, we have transferred a non-bonding electron from the donor H2 0 

molecule into a vacant antibonding O-H orbital of the acceptor H20 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 H20+--H20-. The (H20)2 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 H20 molecules of the "no-bond" structure (7). 

(-%) (-%) 

Ho oOH H----9.H 
(6) ( 7) 

20-4 RBFORMULATION OF CHARGB-TRANSFBR THBORy8 

Mulliken3 has shown that the dative structure (D+-- A-) = Me3N+--I; for the 

Me3 N ... I 2 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. In 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 bon~ 
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,. ,.--- .... 
" 

(+) (-) (+) .- (-) 
, , , , .. I .. 

(CH3)3N- 1 :1: (CH3)3N: =l: '.1 

(9) (10 ) 

(CH3)i~ry 
(+%) (-%) 

• (CH3)3N 1---1 

( 111 ( 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-orbitalliJxr = x + R.r (with R. 

> 0) which is constructed from these atomic orbitals. The "increased-valence" 

structure (13) is thereby generated. Thus, we may write 

.~~ 
X + R-Y 

. 
X R--Y 

(13) 

For the hydrogen bonding interaction between two water molecules we may write 

HO--H (\OH 
•• 2 

(-%) 
HO--H 

( 14) 

to obtain a 1-electron bond as the intermolecular hydrogen bond, and reducing the 

bond-number for the adjacent B- 0 bond below the value that pertains for a free H20 

molecule. 

In the theory of Sections 20-1 to 20-3, the electron donor (X) and the 

electron acceptor (R---Y) were designated as increvalent and sacril'icial 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 oVE!rlaps in Figure 

20-1. 

Figure 20-1 Atomic orbital overlaps of Me3N + 12 and H20 + H20. 
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An interest~ng 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 (1S). We shall designate these bond orbitals as 

lj/xr = x + lr and lj/ry = r + ky, with the bond parameters R, and k both> O. The S = 0 

wave-functions for (13) and (15) are then given by Eqs. (4) and (S) (c.f. Eqn. (7) 

of Chapter 1S). The wave-function for the dative structure X+--RY-, for which one 

non-bonding electron of (1S) has been transferred into the antibonding RYorbital 

lj/;y = k*r-y, is given by Eqn. (6). It is then possible to deduce8c that the 

Mulliken wave-function for the complex, namely Eqn. (1), is equivalent to the wave

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 bon~ 

0 00 

X R Y X R---Y 
(x) 1 (lj/xr) 1 (lj/ry)2 (x)2 

(13) ( 1S) 

'I'(i o R-Y) (4) 

'I'(X R-Y) (S) 

'I'(X--R 0 y) (6) 

The isoelectronic ions HSO; and HF; with 16 valence-shell electrons, are 

examples of systems that have strong hydrogen bonds9• In Fig. 2-4, we have 

displayed the set of hydrogen 1s and fluorine 2pa-atomic orbitals of HF2 that may be 

utilized for 4-electron 3-centre bonding. For HSO;, oxygen hybrid orbitals replace 

the fluorine 2pa-orbitals, and the standard Lewis structures are those of (16) and 

( 17 ) • 

(+) (+) 

H29.-H 9H2 ~ • H22 H-2H2 

( 16) ( 17) 

(+) (-%) (+%) (+%) (-%) (+) 

H29.--H 9H2 • • H29 H--OH 
00 2 

(18 ) ( 19) 
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As well as using the above structures, we may also use8b the Linnett non

paired spatial orbital structure (21) to represent the electronic structure of H50~. 

By hydrogen-bonding the oxygen atoms of two H20 molecules to a proton, we may 

generate (21) from (20). As each H20 molecule approaches the proton, one oxygen 

lone-pair electron delocalizes into an intermolecular O-H bonding orbital. In (21), 

the two H2 0 molecules are hydrogen bonded to the proton by meClns of 1-electron 

bonds. 

(+)n· 
H QH2 H 

(20) ( 21) 

We may provide a simple explanation as to why the bridging O-H bond-lengths of 
+ 9 0 1.23 A for H5 0 2 are appreciably shorter than the 1.808 A for the hydrogen-bond of 

(D20)2. Relative to an oxygen atom, the H+ of (20) is more electr::megative than is 

a hydrogen a tom in (7). The extra electronegativity of H+ should induce more 

delocalization of an oxygen lone-pair electron in (21), to generat:e an increase in 

the bond-order for each one-electron bond of H50~. 

For (HF)2 and HF2 , 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-l? bond-lengths of 

1.13 ;. for HF2 are shorter9 than the length of 1.55 A for the hydrogen-bond of 

(HF)2· 

(-) (+) (-) 

: F:/'"""'i H Y'.i=-. . .. .. 
H--F: H-F: (:24) ";' . 

---+ ! H H 

\F \F 
•• (-%) (-%) •• 

:F· H ·F: .. 
(22) (23) (25) 

For HF2 , the "increased-valence" structures are (26) and (:27) (cf. (18) and 

(19) for H50~), with both structures having equal wei'ghts and equal H-F bond-lengths 

when the HF; is located in a symmetrical environment. Williams a,nd Schneemeyer10 

have reported the geometries of (28) and (29) for HF; and HCI; 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 HCI. "Increased-valence" structures of type (26) 



223 

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. 

H~I 

F--H 

(26) 

(-%1 .. 
·F: .. 

(-%1 (-%1 .. 
:f.' • H---F 

(27 ) 

1.025 1.235 
F-H ............. F 

1.367 1.850 
CI-H ............. CI 

(28) (29) 

The anion HOHOH- is isoelectronic with HSO; and HF2, and a suitable valence-
(-'2) Hd 

bond structure for it is similar to (2S), with OH replacing F, i.e. Ba.. B • iJp. 
The bridging O-H bonds of HSO; and HOHOH- have been estimated to have similar lengths 

and strengths11 • 

Firestone12 has also used Linnett structures to describe the electronic 

structures of symmetrical hydrogen-bond molecules. 

20-6 2:1 DOROR-ACCEPTOR COMPLEXES 

Two molecules of acetone or dioxan can interact with one molecule of Br2 to 

form the intermolecular complexes Me2CO •••• Br2 •••• 0CMe2 and CSH1 OO •••• Br2····OCSH1 O. 

The reported Br-Br lengths4 of 2.28 and 2.31 A are not sufficiently different from 
o 

the length of 2.28 A for free Br2 to indicate much interaction of Br2 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-
2 0 0 

lengths of Br4 -. The terminal and central bond-lengths of 2.98 A and 2.43 A are 
o 13 appreciably longer than the 2.28 A for free Br2 • 

\·rv o. 
I' 

Br---Br 

(30) 

(-%1 (-%1 (-%1 

Br----Br 

(32) 

\.(+%1 
q. 

/ 
(-%1 (-%1 
Br----Br 

(31 ) 

(-%1 .. 
-8r: .. 

(+%1/ 
.0 .\ 
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For each of (31) and (32), there is an "increased-valence" re'presentation 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 ulolecular orbital 

configuration for the six electrons (Section 10-2). The relevan1: atomic orbitals 

for Br~- 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 i 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 i into a vacant 

bonding X-R orbital • 

. ('y 
X + R--Y ~ X R--Y 

(1) (2) 

The bonding X-R orbital becomes available when the atomic orbitals on i 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 Y from a substrate RY by the base X • .. 
This reaction may occur when X is an anion and R--Y is a cation, but it can also 

pertain when i is an anion and R---Y is neutral, and when i 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: 

+ 
(), 
R-Y~ X-R + 

.. 
Y 

.. 
A pair of electrons is delocalized from an atomic orbital on X into the X-R 

bond region, and Simultaneously the two electrons forming the R---¥ bond are .. 
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 X---R._··Y, which shows the simultaneous making of the X-R bond and breaking of 

the R-Y bon~ Since X, Rand Y each contribute one atomic orbital for the bonding, 

the X-R and R-Y bond orbitals of this transi tion state cannot be orthogonal, and 

therefore the divalence of R is apparent, not real (cf. Chapter 16). Firestone1 has 

also used the Linnett theory to formulate the transition state as i . R • i. 
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An "increased-valence" formulation2 ,3 of the generalized base displacement 

reaction, which perhaps indicates more clearly how the bonds are f()rmed and broken, 

involves the de localization of one electron from i into the antibonding orbital of 

R-Y. 

X~y _ [X--R v] ---+X-R + 
.. 
y 

(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 id,entical with the 

structure for Eqn. 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, st.ructures (1) and 

(3) can participate in resonance2• Therefore, for a base displacemEoot reaction, (3) 

alone is not the transition state. However, (3) should often rep.resent 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 i and R--Y. Delocalization of an i electron int() a bonding X-R 

orbital generates the complex (2), whereas delocalization of the electron into the 

anti bonding R-Y orbital generates the complex (3) which is involved in the base 

displa,cement reaction. For nucleophilic addition of i to R-Y, the electronic 

structure of the product resembles2 that of (3). 

Very recently, Shaik4 has provided valence bond descriptions ·for a variety of 

organic reactions. shaik's approach (without "increased-valence")t,o nucleophilic 

additions and substitutions in particular is essentially identical with that 

presented in this chapter, being based primarily on the Mulliken formulation of Eqn. 

(20-1) for donor-acceptor complexes. The acceptor orbital is an ant:Lbonding orbital 

in both treatments. 

21-2 LOWRY-BRIIlIIIsnD ACD>-BaSB RBAC'J'IORS 

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-Brpnsted base is also a Lewis base, and therefore a Lowry

Brpnsted acid is a special form of Lewis acid. 

We may formulate the reaction between the LOwry-Brpnsted acid and base H30+ 

and OH- as fOllows2, in which a non-bonding electron of OH- is transferred into an 

antibonding H-O molecular orbital of H30+. 
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H ~ (+) [H 
".: 'i .. " .. 0.. + H-O", ---+ .. q.--H 

(-) '\ H 
H 

In section 20-4, we have shown that the entity in parenthesis can represent 

the hydrogen-bonded complex (H20) 2. There, we demonstrated that this complex may 

also be formed from two H20 molecules by means of the reaction 

H 

" .O--H . .. 
H, 

.O--H ... e5 
~H 

H 

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 

H20 is 12.6 eV, and this is large enough to make an antibonding O-H orbital of a 

second H2 0 inaccessible at intermolecular distances which are either equal to or 
o 

greater than the equilibrium value of 1.8 A (i.e. the energy of ~(H20,H20) < 

o/(H 20+, H20-) for this distance). On the other hand, an antibonding O-H orbital of 
+ 

H3 0+ should be of lower energy, and the reaction H2 0 + H3 0 + H30+ + H2 0 may 

proceed by transferring an electron from H20 into an antibonding O-H orbital of 

H30+. We have thereby formulated the Grotthus mechanism for proton transfer using 

"increased-valence" structures. 

---+ O--H [ H" (+) (_%) 

/ .. 
H 

21-3 WALDEN INVBRSI~ 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 SN2 reaction is usually represented in the following 

mannerS: 
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H 

[ HO ___ y~----.' 1 
H 

(-) H H \ V H .. 
HO: + """"":C-Br ----+ ----. HO--C + : Br: 

/ \ 
H H 

(4) 

In the transition state (4), the carbon atom is bonded to fi'~e 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 bonding6,7. But it is more probable that the carbon 

uses primarily only its 2s and 2p orbitals, and forms two bondB 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 Bhown in Figure 

21-1. 

H H 

\/ -cC:f}{j 
I 2p 4p 

H 

Figure 21-1 Atomic orbital overlaps for the transition state (4), omitting 
carbon 3d orbitals. 

An "increased-valence" formulation2 of the reaction indicates simply and 

clearly how the bonds are made and broken, and also provides an expl,:lnation 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 O-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 bond,; more strongly 

than does the C-Br bond, thereby leading to inversion of configuration. 

For some recent molecular orbital studies of SN2 reactions, see for example 

Ref. 8. 

/:1\ [ H ]-
H 

(-) 
(-) H \ I H I.",H 

HO--C( 
. .. 

HO: + 'C-Br ----+ Br HO--C + :Br: .. / \ 
H H 

(5) 
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21-4 BLBCTRON CONDUCTION IN ALKALI MBTAL SOLIDS 

In the resonating valence bond theory of metallic solids, pauling9 ,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 sand p 

orbitals are used for bonding in the solid alkali metal lithium, the electronic 

structure of the metal involves resonance between the diatomic Li2 structures of (6) 

(with M = Li) and the "bicovalent" Li3 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 

1+1 

(6) 

1+1 
M 

M M-M 

M M 

I I 
M M 

( 7) 

I-I G 
M-M-M M-M M-M 

M-M 
(-) C\ 

M-M-M M-M 

1+1 
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*2s orbital11 , 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). 

M-M M-M M-M M--M 

(9) 

M-M M-M M--M 

(10 ) 
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one electron of Li- may now be delocalized into an antibondinq orbital of an 

adjacent L:l--Li structure, to qenerate the "increased-valence" S'~ructure for the 

Li; component of (12). 

(+) 
M 

(+) 
M 

(-¥.I) 
M--M • 

( 111 

• (-¥.I) 
M 

(12 ) 

M-M M-llil 

M-M M-MI 

We may now delocalize the electron that occupies the atomic orbital of "Li 

into another antibondinq Li2 orbital, and so we obtain (14). Electron conduction 

can proceed further in a similar manner, i.e. by delocalizinq an electron from an 

atomic orbital into another antibondinq orbital. 

(+) 
M 

(+) 
M 

(-¥.I) 
M--M • 

M-M 

.~ 
M M-M M-M 

( 13) 

(-¥.I) 
M--M • 

(14) 

.~ 
M M-M 

This "increased-valence" description of electron conduction c()mbines features 

of both the molecular orbital and Paulinq valence-bond theories. Like the delocal

ized molecular theory, the simplest "increased-valence" theory need use only the 2s 

orbitals for bondinq, and it uses localized bonds as does the valence-bond theory. 

21-5 B2 BLDIDfATIOR BBAC'rIORS 

E2 elimination reactions - for example EtO- + CH3CH(CH3)Br + EtOH + CH2=CHCH3 

+ Br- - involve the simultaneous rupture of a C-H bond and a C"X bond of the 

I i 
substrate -C-C- by reaction with the nucleophile i(-). The usual representa-

, I 
tion for this type of reaction is the followinq12: 

B-H " / + C=C + 
•• I-l 
X 

/ " 
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An "increased-valence" formulation of the electronic reorganization2 involves 

the transfer of an electron from i(-) into the antibonding C-H 0* orbital, i.e. (15) 

+ (16), and the transfer of an electron from a carbon atomic orbital of (16) into 

the antibonding c-x 0 * orbital, i.e. (16) + (17). (For convenience of representa

tion only, we have displayed the relevant atoms in a linear manner.) The wave

function' = C15'15 + C16'16 + C17'17 may be used to describe the course of the 

reaction, with C16 = C17 = 0 initially andC 15 = C16 = 0 at it~ 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 "'cx sPg + kpox' with both nand k + ., as 

C 17 + 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). 

This approach may be contrasted with that presented very recently by Pross and 
~--------

Shaik13• Our treatment includes the "long bond" structures B i c-c--x and 
~--;;- ........ 

B-B C-c i 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 • 

.. C-\ (.Yo!~ 
8 + H-C--C--X 

(.Yo) 

8--H C-C-X 

(15) (16) 

.. (.) 
X 

t 
(.Yo) 

C==C 

(.Yo) . 8--H + + X 

(17) 
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CHAPTER 22 
FREE-RADICAL AND SPIN-PAIRED DIRADICAL REACTIONS 

22-1 TYPBS OF FRBB RADICAL RBACTIONS 

Free radicals, with odd numbers of electrons, must have at least one orbital 

(atomic or molecular) singly occupie~ On occasions in the previous chapters, we 

have met with the following types of reactions between univalent fre,~ radicals: 

. · (a) A + B A-B 

· . · . 
(b) Y + A . B Y-A . B 

i · · . . . B + C . D A . B-C . D (c) 

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 Bare 

not too dissimilar. Examples of this type of reaction are H + H 

Each of the Y and i · • B reactants of (b) has one unpaired electron; ¥ 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". In Section 3-6, we 

have found that the pauling "3-electron bond" may be described either as two bonding 

electrons + one antibonding electron, or a~ two "non-bonding" electrons + one 

bonding electron. The bonding and antibonding electrons occupy moleo:ular orbitals, 

and the non-bonding electrons occupy atomic orbitals. In the reactions of (b), the 

unpaired electron of ¥ spin-pairs with the unpaired anti bonding electron of AB to 

generate the "increased-valence" structure Y--A • B. we point out again that since 

the ¥-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 + 02 + F0 2• 

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 + N202 , NO + N02 + N203, 2N02 + N204 and 2C10 + C120 2• 

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 bon~ Such a reaction is customarily represented as (d> 
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(d) 
. 

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 + 0 3 + RO + O2 , WITH R H, el, AND NO 

Reactions between 03 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 stratosphere 1 ,2. 

These reactions generate univalent free radicals, for example elo and N02 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 03 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 03 with a hydrogen atom 

according to mechanism (d) of Section 22-1, as follows: 

(+) (+) 
\ .-. 

H XC, " \ '-.." . g. \ .p.-
'P, 

......... ' . ·A· 
+ 

I-) 

( 1 ) (2) (3) 

The electronic reorganization displayed in (1)-(3) does not make clear why the 

HO-O 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 03' namely (4) (Section 11-6) may 

be generated (Fig. 12-1) from the standard Lewis structure (1) by delocalizing two 

lone-pair 11- and ii- electrons from the terminal 0- 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 03 by spin-pairing some of its 

electron charge with the corresponding "unpaired-electron" charget that is 

t (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 H03• 

(b) The two electrons that form the 1-electron lI-bonds of (5) mOlY be transferred 

from the 0-0 bond region into the .. partially occupied oxygen a1:omic 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 (relutive 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-O-O linkage. 

(c) "Increased-valence" may be restored by delocalizing oxygen lone-pair electrons 

into the vacant 0-0 bonding lI-orbitals, as shown in (6). The resulting 

"increased-valence" structure (7) has a weakened 0-0 bond betl~een the H-O and 

0-0 linkages. 

(d) The weak 0-0 bond of (7) can now break to release the HO and 02 products. 

Al though the reaction proceeds by means of a concerted mllchanism, it is 

convenient to display a series of steps in the valence-bond representation of the 

electronic reorganization. 

+ 
H r:O 
":pO'<i: 

Ho 

(4) (5) 

I' 
(6) 

H \ 000 

'X~d' ~.. \ ... 
(8) (7) 

It'may be noted that the H03 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, "amely 

H-O 0 0-0. Th I! structure summar l~s resonance bet't,.een the Lew I s structures H-O t; 0, 
H 0 o-o,A---U--O Q,A--f)- O---O,H 0---0--& and H--~---o---O IfavalldS:El/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-Q bonds between non-adjac:ent atoms. 
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(+) 

H /0· h 
~q~ 0 

(-) 

\ ... 
H ,/0,. 

----+ ,\0,/\ .~~ 

(2) (7) 

The valence-bond structure for the 02 of (8) corresponds to that which is 

appropriate for the S = 1 ground-state. It may be deduced3 that the 02 ground-state 

must be generated whenever the decomposition reaction R02 + R + 02 can occur. No 

evidence has been obtained4 for the formation of an 02 eXCited state for the 

reaction X + 03 + XO + 02 when X = H or NO. It has therefore been concluded that 

the 3I~ ground-state is generated4 , in accordance with the earlier deduction3• 

The reaction Cl + 03 + CIO + 02 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 0-0 bond of "increased

valence" structure (10) breaks, the CIO is generated with a pauling "3-electron 

bond". 

(+%) 

:f'"" /b·~ . 
• .0.. .0, 
(-Y.z) 

(9) (10) 

The "increased-valence" formulation of the reaction steps for NO + 03 + N02 + 

02 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 0---0 bond, and generates a fractional unpaired-electron charge on the nitrogen 

atom. E.s.r. measurements5 show that such a charge is present in the free N02 

molecule. The N02 "increased-valence" structure of (15) has been described 

previously in Section 11-8r 

(-%) 

~r\ 
.. 0. 
(+%) 

+ 

(11) 
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\ . \.-. 
AN \/0 

.. O~ ~Q"/\\ ~d 
-.: .~ \ .~ 

E 

(14) ! (13) 

(15) 

22-3 REACTIONS OF O2 WITH Fe(II) PORPHYRIN COMPLEXES 

In Section 18-4, we have provided an "increased-:valence" des,cription of the 

bonding of 02 to the Fe(II) porphyrin complex, haemoglobin. Fer each Fe(II)02 

linkage of the ground-state of oxyhaemoglobin, the 02 ground-state ;Ls bonded to the 

intermediate-spin Fe(II) in the "increased-valence" structure. A number of other 

Fe(II) porphyrin complexes are irreversibly oXidized by 02 to fcorm oxo-bridged 

dimers6. One reaction scheme that has been proposed6 is that of (e). 

Fe(II) + 02 + Fe(lI)02 

Fe(II)02 + 02 + Fe(lI)02Fe (lI) 

Fe(II)02Fe(II) + 2Fe(II)0 

Fe(lI)O + Fe(lI) + Fe(II)OFe(lI) 

(Fe(IlI)oi) 

(Fe(III)O~-Fe(III» 

(Fe(III)O-) 

(Fe(III)02-Fe(III» 

(e) 

(Alternative formulations for the oxidation states of the products of each 

reaction step are given in parentheses.) An electronic mechanism 7 for these 

reaction stepst 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 .~ither from 0-0 

bonding molecular orbitals into oxygen atomic orbitals, or from Feo(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 

de localization of the oxygen non-bonding electrons into the Fe(II)-O molecular 

orbitals may proceed.) Because the intermediate-spin FeCII) and Fe1II)02 reactants 

of the second step have S = 1 ands = 0 spin quantum numbers respectively, the 

FeCII)02FeCII) species that is formed must have an S = 1 spin-state in order that 

spin be conserved. On decomposition of the Fe(II)02Fe(II) complE'x, the Fe(II)O 

radicals are predicted to be generated with S = 1 spin-states7• Ho·.,ever, an S = 0 

spin-state is appropriate for the FeCII)OFe(II) oxo-bridged dimer, au it is for the 

t A more recent mechanismS Involves additional steps that include Fe<l 1>0 + Fe<l 1>02Fe(ll> + 

Fe( IIlOFe( II > + Fe( II >°2, Fe( II >°2 + Fe( II > + 02' and Fe( II >0 + Fe( II >°2 + Fe( II >OFe<l I> + 02. 
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isoelectronic Fe(II)02 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). 

x 0 X 
:O"()O: 

X X 

00 
Fe: .. 

• ·F ~O~F· 
.. e • e._ 

:Fee 

I 
0':. !/. 

:0'" 

\ 
-Fe: .. 

.. 
·Fe· 

+ 

.. 
xFex 

010 
xox+--

+ 0· .. ~ .. 
·0 .. 
-\-

Figure 22-1 "Increased-valence" mechanism for oxidation of Fe(II) porphyrin 
complexes by 02 to form II-OXO bridged dimers. 

A similar type of electronic mechanism may also be formulated for the cyto

chrome c oXidase catalysis of the reaction 4H+ + 4e + 02 • 2H20. With some modifica

tions, we shall follow the mechanism proposed by Reed and Landrum9 

On reduction of Fe(III) and Cu(II) to Fe(II) and Cu(I), the Fe(II) can bind 

ground-state 02 to form an Fe(II)02 complex with "increased-valence" structure (2) 

of Fig. 22-2. Cu(I) with a 3d9 4s 1 configuration can then bind to the Fe(II)02 

complex to form the proposed "II-peroxo dimer,,9, with "increased-valence" structure 

(3) (c.f. structure (a) of Fig. 22-1 for the Fe(II)02Fe(II) complex). In (3), the 

* antibonding w electrons of 02 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 0-0 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 II-OXO Fe(II)OCu(I) complex (7), or with 2H+ 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 H20. The Fe(II)OCu(I) complex corresponds to 

the Fe(III)+02-. CU(II) resting state of the enzyme proposed by Reed and Landrum • 

It may also react with H+ to produce the Fe(III)-OH~ and CU(II)-OH~ 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 02 

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 

00 
Fe: 

(1) 

(5) 
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.. 
·0· 

+ 'Fe' 

. ~ 
/.0. 

'0 

.,' 
Fe: .. 

(2) 

·Fe· 

t . . 
·0· 

+ .\. (6) 
'Cu' ...... 

~I 
not have a net number of un- H, (~)/H 
paired electrons may react as 0\ 

o'! .... 
Cu. ;. 

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) and (17). In these 

structures, fractional un

paired electron charges on 

the B atom of (16) and the A 

·Fe· 

2H+ :0 ........ 
E .\. 

(8) 
·Fe· (7) 

Cul~ 

Figure 22-2 Cytochrome c oXidase ,~atalysis of 4H+ 
+ 4e + 02 2H 20. 

and D atoms of (17) can be made available for weak covalent bonding with the 

fractional unpaired-electron charge of another entity. In the follo~,ing section, we 

shall discuss some radical-type reactions between a pair of molecules, neither of 

which is a free radical with an odd number of electrons • 

. . 
Y--A B A B--C 

(16) (17) 
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22-4 -1,3 DIPOLAR- (OR -ZWITTBRIONIC DIRADICAL HYBRID-) CYCLOADDITIOR 

RBACTIONS 

A large class of organic reactions that lead to the formation of five-membered 

heterocyclic molecules, have been designated as "1,3 dipolar" cycloaddition 

reactions10 • 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 cycloaddi tions to a multiple bond system, the 

"dipolarophile"', as in (18) and (19). 

A y/ ............... E{: 

---+ \ / 
D--C 

(18) ( 19) 

In Ref. 1 Dc, "1,3 dipoles" with C, Nand 0 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 l-pyrazoline is an 

example of a "1,3 dipolar" cycloaddi tion reaction 1 0. For CH2N 2' the zwi tterionic 

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 

cycloaddition10 • For the latter two struc-

tures, the terminal atoms are both nucleophilic 

(-) and electrophilic (+), and it is these 

properties of the "1,3 dipole" that are often 

assumed to be implicated for the electronic 

mechanism of the cycloaddition. As CH2N2 approa

ches the methyl acrylate, one set of 1I-electron 

atomic orbitals of CH 2N2 overlaps with the 11-

orbitals of methyl acrylate (see Fig. 22-3), and 

the electronic reorganization is assumed to 

proceed according to (24)-(25). A concerted 

mechanism is concomitant with this valence-bond 

description, with the new C-C and C-N bonds being 

formed synchronously. 

o 
Figure 22-3 OVerlapping 11-

electron atomic 
orbi tals for "1,3 dipolar" 
cycloaddition reaction. 
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(+) (-) (+) (-) 

(20) (21) (22 ) (23 ) 

(24) 

Al though 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 CH2N2 , 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 E!ither 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 Roso12. 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 to12,14 (27)-(28). 

H2C-N=N: ." .... _.:.- --,. 

(26) 

(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 CH2N2 is obtained by using 11,12 

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,,11,12,14. 

l-%) (+%) (+%) (-%) 

(29) (30) 

(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 stresse~ The 

latter conclusion has received support from a number of valence-bond calcula

tions12 ,13,15, and Goddard and Walch16 have used (26) alone to represent the 

electronic structure of CH2N2• 

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 

for CH2N2 , the Linnett structure is (33)17, and the concerted mechanism for the 

cycloaddi tion may be formulated 11,12,14 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 o-c bond formed 

initially between the two reactants17• 
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(-%) (+) (-%) 
V---A • B • C---D H2ct~N~=~: 

(32) (33) 

(34) (35) 

(-%) (+) (-%) 

H2ctj : N (I'JI: 

H~ r;,R 
~ ~C02CH3 

(37) 

Recent molecular orbital studies of 1,3-dipolar cycloaddition reactions are 

discussed in Ref. 18. 

22-5 THERMAL DECOKPOSXTXOR OF o-RXTROPHERYLAZXDE 

o-Nitrophenylazide decomposes thermally to give benzofurazan19 ,20. Using 

Lewis structures, the mechanism has been formulated as follows: 

(40) (41) 

.. (-) 
::0: 

(+)1 

(X'N 
~ ~' '\. .. o. 
~ ~./ . 
...... , 'N .. 

(42) 

+ 
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From (40), we may generate the It " increased-valence structure (43), which must 

be more stable than (40). Using (43), we may formulate the reaction steps of (43) -

(47). In (46) we have unpaired lI-electron charges on each nitrogen atom, and these 

may spin-pair with the two electrons of the adjacent C-C lI-bond to generate (47). 

Our justification for this is the assumption that (47) with two C-C and two 

(fractional) C-N II-bonds between adjacent atoms should be more stable than (46) with 

three C-C II-bonds between adjacent atoms. 

(47) 

(45) 

.0 
00· 

+ N° ((I '00 /00 
~ N ·0 • 

(46) 

+ :N=N: 

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 Y--A • ii, which summarizes resonance between 

the Lewis structures Y---A 
----

i and f A 'ii, 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 COMPLBTB VALBNCB-BOND RESONANCB 

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). 

...--- ... 
y B . ' .. ... . 

A-B Y---A Y A B 

( 1 ) (2) (3) 

Y i Y A .. .. 
A 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 concerne~ 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. 

XO x 
Y A 

( 7) 

X 
B 

x 
Y 

x XO 
A B 

(8) 

x XO X 
Y A B 

(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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( 1 ) 

If we choose the coefficients C1 to C6 so that the energy of 'I' is minimized, 

we shall obtain six linear combinations, one of which we shall des:,gnate as 'I'(best). 

Its energy is such that no other linear combination of '1'1 to '1'6 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 '1'1 to '1'6 are given by the 

following: 

(2) 

,-- .... 
The wave-functions for the A-B, Y--A and i B bonds of 'r l' 'I' 2 and 'I' 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 H2 may be 

expressed as Is~s~1 + Is~s~l, in which sA and sB are the two hydrogen atom 1s atomic 

orbitals, and a and I! are the spin wave-functions. This type of bcmd wave-function 

occurs in '1'1' '1'2 and '1'3. 

For systems such as H;, 03' Noi, and HCoi, the Y and B are symmetrically 

equivalent hydrogen and oxygen atoms. Consequently, '1'1 and 1j12 are degenerate, as 

are 1j15 and '1'6. Because of this degeneracy, we may form the linear c:ombinations '1'1 + 

1j12' '1'1 - 1j12' '1'5 + '1'6 and 1j15 - 1j16· Of these, only the symmetric functions 1j11 + 1j12 

and 1j15 + 1j16 can interact with 1j13 and 1j14. We may therefore consl:ruct the linear 

combination 

IjI (best) ( 3) 

in which '1'1 = '1'1 + '1'2' 'I'll = 1j13' IjIIII = 1j14' IjIIV = 1j15 + 1j16· 

Linnett and his co-workers1 - 6 have calculated the 'I'(best) for the four 

v-electrons of HCO;, NOi, 03 and C3HS' and four a-electrons of H;. The coefficients 

of '1'1 to IjIIV 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 '1'1 to IjIIV" TO do this, we have 

multipliedt CI by 2, CII and CIV by ';2, and CIII by unity. For til' the reported 

coefficients refer to approximately normalized basis functions 5 • The (approxi

mately) normalized coefficients are shown in parentheses. 

t We have omitted v-electron overlap Integrals from the normalizing constants. 
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In Table 23-2, the energies of 'I to 'IV' calculated relative to that of 

,(best), are reported. 

H-H 

(-) .. 
H 

(+) 
H 

(-) 

H 

(-) 

H 

'1'1 

.. 
H 

(-) 

H 

H-H 

(+) 

H 

Figure 23-1 Canonical structures for Hj. 

,,-- ....... " (-) .... 
H H H 

(+) 
H 

(-) 

H 
.. 
H 

In Fig. 23-1, we show the canonical structures and formal charges which 

correspond to 'I to 'IV for Hj. The formal charges are also those for the corre

sponding valence-bond structures for NO;, HCoi and C3HS. The corresponding 

canonical structures for 03 are displayed in Table 2-1. 

GI Grr GII! GIV 

°3 (411) 0.351 (0.70 ) 0.390 (0.55) 0.124 (0.12) 0.028 (0.04) 

Hi (4a) 0.812 (0.81 ) 0.483 (0.48) 0.314 (0.31) 0.092 (0.09) 

NO; (411) 0.306 (0.61 ) 0.391 (0.56) 0.185 (0.19 ) 0.070 (0.10) 

HCO; (411 ) 0.273 (0.55) 0.415 (0.59) 0.168 (0.17) 0.078 (0.11) 

C3HS (411) 0.318 (0.64) 0.304 (0.43) 0.195 (0.20) 0.045 (0.06) 

Table 23-1 Coefficients of CI ' CII ' CIII and CIV for "best" valence-bond wave 

function. The values in parentheses are those for (approximately) 

normalized 'I to 'IV· 

The coefficients of Table 23-1 indicate that 'I and 'II are the most important 

functions for each system. Their energies in Table 23-2 are much lower than those 

of 'III and 'IV Functions 'I and 'II 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 11- or 
7-9 - +10 a-electron systems , the eight 11 electrons of N20, C02' N3 and N02 and for ten 

a-electrons of N204 11 also show that their low-energy canonical structures satisfy 

these requirements. 
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C3HS NO; HCOi 

'1'1 1.94 4.93 5.16 

'I'll 4.75 5.61 5.12 

'III 8.90 16.72 16.77 

'IV 16.04 23.21 22.56 

Table 23-2 Energies (in eV) of '1'1 to 'IV relative to ,(best). 

23-2 SZMPLE MOLECULAR ORBZTAL 

For a symmetrical electron-excess system, the 3-centre molecular orbitals are 

~1 = Y + k 1a + b, lj/2 = Y - band lj/3 = Y - k3 a + b (Section 2-3). We have assumed 

that the y, a and b atomic orbitals are oriented so that the ove:clap integrals Sya 

and Sab are both;:. o. With respect to the Y-A and A-B bonds, lj/1' lj/2' and lj/3 are 

respectively bonding, non-bonding and antibonding. 

The molecular orbital configuration with lowest energy is '1'1 (MO) = Ilj/~lj/~lj/~lj/~I. 

On substituting the LCAO forms of ~1 and lj/2' we may expand "1(MO) and express it as 

a linear combination 1-6,12 of the functions '1'1 to "IV" Thus, we o:t>tain 

(4) 

with one variation parameter, k 1• Since ,(best) has three independent variation 

parameters, namelyeI , ell and e III with e IV related to them thro1lgh normalization, 

'1(MO) must be a more-restricted function than is ,,(best). "1(MO) also gives 

considerable weight to either or both 'III and 'IV' neither of which is very 

important for the systems of Table 21-1. 

In Table 23-3, some calculated energies for' 1 (MO) are re:O>0rted; they are 

considerably higher than ,(best). 

Table 23-3 

C3HS NOi HCO~~ 

VBHL (" 1 ) 1.94 4.93 5.Hi 

VBBO 3.01 5.92 5 .• 8.: 

MO 1.07 2.04 1.91 

IVBO 0.99 1.91 1.8. 

IVHL 0.47 0.88 0.81 

NPSO 0.41 0.59 0.4E1 

Energies (in eV) of VB, MO, IV and NPSO wave-funct.ions relative to 
,(best). 
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23-3 STARDARD VALERCE-BORD RESORARCE 

The standard valence-bond resonance formulation for an electron-excess system 

involves resonance between the standard Lew is structures (1) and (2), which have 

covalent bonds only between adjacent atoms, i.e. it is usual to write 

00 

Y A-B Y-A B 

as in 'I of Fig. 23-1 for H3• 

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 

4> L = Y + k a, 4> R = b + k a with k > O. 

Therefore, as wave-functions for the standard valence-bond resonance, we may 

write l - 5 ,10,12-14 

(ii) '(VBBO) (6) 

We note that neither of these wave-function includes the "long-bond" function 

'II' and that '(VBBO) overloads itself with the high-energy functions !III and !IV. 

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 LIRRETT ROR-PAIRED SPATIAL ORBITAL 

The general non-paired spatial orbital (NPSO) valence structure for 4-electron 

3-centre bondingl - 6,12,13 is (10) 

i . A • is 
(10) 

(+) 

o (-~) (-~) 
as occurs in the valence-bond structures ~ ~ and HoB 0 i for 0 3 ( _~) !po 0 0 oq: (_~) 
and Hj. In (10), two electrons occupy y and b atomic orbitals, and two electrons 

occupy the two-centre bond orbitals <l>L = y + ka and 4>R = b + ka with k > O. 

Since the four electrons occupy different spatial orbitals, we may construct 

two singlet wave-functions, both with spin quantum numbers S = Sz = O. The details 

are described in Section 15-2 and it is possible to form linear combinations of 

these wave-functions 1-6,12. For illustrative purposes here, the special linear 

combination that generates 
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'I'(NPSO) (7) 

in which electrons occupying spatially adjacent orbitals have opposite spins, is a 

satisfactory wave-function and this is the NPSO wave-function thai: we shall examine. 

In terms of the functions 'I'I to'l'IV' we may express it1- 6 as 

'I'(NPSO) (8) 

thereby showing that it includes the "long-bond" functions 'I'll and excludes the 

unimportant function 'I'IV' The opposite pertains for the 'I'(VBBO) of Section 23-3, 

and therefore we can understand why the 'I'(NPSO) of Table 23-3 generate much lower 

energies than do the 'I'(VBBO). 

23-5 -XNCREASBD-VALBNCB-

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 Le\~is structures (2) 

and (1) by delocalizing a B electron of (2) into a vacant bonding l1-B orbital, and a 

Y electron of (1) into a vacant bonding Y-A orbital. Thus, we may write 

Y-A Yi 
( 2) 

b + ka + b y + ka + y - Y-A • B 
(11 ) 

i'Y A-B 

(1) 
- Y • A-B 

(12) 

Above tl\e 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 "increased-valence" func

tions of this section7 ,12-14. If we 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). 

'I'(IVHL) (9) 

'I'(IVBO) 

( 10) 

Both 'I'(IVHL) and 'I'(IVBO) include the standard and "long-bond" structure 
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functions VI and 'I'll. In Table 23-3, the V(IVHL) and the V(NPSO) are the low-energy 

functions in each case, with V(NPSO) being the slightly better functio~ 

We may note that V(MO) and V(IVBO) of Eqs. (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 ·ZMPROVBD· '(ZVBO) ABD ,(beat) 

The V(MO), V(VBBO), V (NPSO) and '1'(IVBO) that we have described in Sections 

23-5 each have one variation parameter (k 1 or k), Le. one parameter which may be 

chosen so that the energy for each of these functions is minimize~ Therefore, none 

of them can have energies as low as the V (best) with three independent variation 

parameters. However, it is possible to improve these wave-functions by introducing 

additional variation parameters. We shall discuss how this is done here. 

For the molecular orbital description of H2, we have shown in Section 3-3 that 

the bonding molecular orbital configuration (01s)2 could be improved through 

configuration interaction by linearly combining it with the antibonding configura

tion (0*1s)2. Through configuration interaction, we may also improve the V1(MO) of 

Section 23-2. By constructing the wave-function 

v(eI) ( 11 ) 

in which 

'1'4 (MO) (11jI~1jI~1jI~1jI~ I + 11jI~1jI~1jI~1jI~ 1)/2'-. 

(12 ) 

and the coefficients C1 toC 4 are chosen so that the energy of V (eI) is a minimum, 

we obtain a wave-function which is equivalent to the 'I'(best). Without some 

transformation, this V (eI) has the disadvantage that it does not correspond to one 

or two simple valence-bond structures. 

For 'I'(VBBO) and 'I'(NPSO), we may use a different bond-parameter for each bond 

orbital6b ,13. Thus, instead of using 4>L = y + ka for both Y-A bondipg electrons of 

the valence bond structure (2), we may use 'L = Y + ka for one electron and ~ = y + 

k'a for the other electron. Similarly, for the two A-B bonding electrons of (1), we 

may use the orbitals, R = b + ka and 4>~ b + k'a instead of 4>R = b + ka for both 

electrons. The 'I'(VBBO) wave-function may now be expressed as 

V (VBBO) (k + k')'I'I + 4V III + 2kk'V IV ( 13) 

which still omits the "long-bond" function 'I'll. 
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In Table 23-4, we report the energies for some two-parameter wave functions 13• 

They show that 'I' (VBBO) remains a high-energy function. 

VBBO 

NPSO 

IVBO 

8.08 

0.060 

0.190 

1.20 

0.058 

0.003 

2.98 

0.225 

0.00001 

HCO; 

3.37 

0.266 

0.005 

Table 23-4 Energies (in eV) of two-parameter VBBO, NPSO and IVIIO wave-functions 
relative to 'I'(best). 

The 'I' (NPSO) may be improved by using the bond-orbitals "'L = Y + ka, 
" " "'R b + k"a, "'L = Y + k"a, and "'R = b + ka instead of "'L = Y + ka and 

"'R = b + ka. If this is done, we may express 'I' (NPSO) as 

'I'(NPSO) (k + k")'I'I + 2kk"'I'II + 4'1'111 ( 14) 

which generates very low energies in Table 23-4. However, 'I'(NPSOI can never become 

equivalent to 'I'(best), because it must always omit 'I'IV' With 'I'(IVBO), we may 

construct either two-parameter or three-parameter variationa: functions. For 
I 

example, we may use "'L = Y + ka and "'L = Y + k'a for both elec1:rons of the two-

electron Y-A bond of (11), and "'; = b + k"a for the one-e lectron A-B bond of (11), 
I " 

together with the "'R = b + ka, ",R = b + k'a and ",L = Y + k"a for (12). By 

introducing these orbitals into 'I'(IVBO), we may express this wave function as 

'I' (IVBO) (k + k' + k")'I'I + 2kk"'I'II + 4'1'III + 2kk''I'IV ( 15) 

which may be shown13 to be equivalent to (4IC 3 )'I'(best). 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 we,ve-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 'I'(IVBO), for which we have 

assumed that k = k' in the bond orbitals for the two-electron bon·:!. As is the case 

for the two-parameter 'I' (NPSO), the energies of these 'I' (IVBO) are very low. 

If Y and B are non-equivalent atoms, the "increased-valenc'l" structures (11) 

and (12) are non-equivalent structures, and they will have differ'lnt 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). I f we use the non-orthogonal bond-orbi tals 4>L' 4>~ and cP; for the Y-A and A-B 

bonding electrons of (11), we obtain the three-parameter function 

. 
'I' (Y-A • B, IVBO) ( 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 'I'(best). 

(-) (+) 

Y A-B 

(13) 

23-7 CONCLUSIONS 

Y-A ii 
( 14) 

(-) (-) (++) 
y i B 

(15) 

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). In Section 

23-6, we have shown that Y~A • B is equivalent to the resonance of 

ii A 

(4) 

ii 00 

Y B 

(6) 

-- -./'" HL .... ,. 
Y i B 

(3 ) 

HL 
A--B 

(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~A ii with bond-orbitals for the Y-A bonds is equivalent to the 

resonance 

Y~A 
(2 ) 

ii 
.0 

++ Y A 

(4 ) 

ii ++ Y 

it follows that Y--A 0 B summarizes the resonance of 

bo 
Y--A 

00 

Y 

ii 
(6) 

HL 
A--B 
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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 bontls, namely 

Y~A • 8 

but both do include (in different wa.1s) the standard and "long-bond" Lewis struc
,,--HL --, 

Y--A Band Y i 8. Our essential point is that by using 
,,,,," iiL- - ..... , 

tures . 
Y--A • B, we do stabilize Y--A B through interaction with Y i 8, no 

matter what type of wave function is used for the two-electron Y-A bonds. The 

fundamental process of (fractional or non-fractional) electron-pa:Lr 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 

i + i . 
• B - Y--A • 8 

we must obtain a lower energy than when we use Y-- A B 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 structure:, (1), (2), (3) and 

(4), 'I' (NPSO) must always generate a lower energy than do the wave-functions for 

either Y~A • 8 or Y~A • B ++ Y • A2:!!:..B. (These "tncreased-valence" 

structures are equivalent to the resonance of (2) ++ (3), and (1) ++ (2) ++ (3) 

respectively.) However, one advantage that is obtained by usin<j 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 

three bonding electrons of Y ~A B, then this structure must bEl more stable than 
bo • 

(10), since it is easy to show that Y--A B summarizes resonance between (10) 

and (6), i.e 

bo 
Y--A 

. 
• B i.;A.B++y .. 

A 

(10) (6) 

Usually, however, the contribution of (6) should be small. Therefore, the 

NPSO structure is a very good alternative to the "increased-valencEl" structure, and 

perhaps has the advantage that, because it involves no (fracti'Jnal) 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 H3-ELECTRON BONDS· AND COVALENT-ION1[C RESONANCE 

If a pair of electrons occupy two overlapping atomic orbitals centred on two 

a toms X and Y, then the X-Y bond may be described in terms of rellonance between a 

covalent structure and two ionic structures, viz 

(-) (+) (+) (-) 

X-y ++ XI Y ++ X :y 

This type of covalent-ionic resonance, which involves an electron-pair bond in 

the covalent structure, is widely known. The discussions of Secti.on 7-3 and 8-Hc) 

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).) 

B: .... C .... 
A..... :0 

( 1 ) (2) 

:c 
:0 A: 

B: .c 
'\.0 

(3) 

B... :C ...... 
A: ....... 0 

(4) 

Wi th respect to the A-B and C-D mOieties, structures (1) and (4) are covalent, 

whereas structures (2) and (3) are ionic. The B: oC ++ B' :C resonance for (1) ++ 

(2), or (3) ++ (4) and the A' :D ++ M oD resonance for (1) ++ ':3) or (4) ++ (2) 

generates the pauling "3-electron bonds" B' • 'C and A' 0 'D, respectively. 

Resonance between structures (1)-(4) generates two pauling ":I-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 bO.lding electrons, 

and one B-C and one A-D antibonding electron. On spin-pairing the two anti bonding 

electrons, "increased-valence" structure (8) is obtained. 

B· • 'C BO X oC 

A. ·0 Ax 0 xO 

(5) (6) 

Bx 0 xC 

Ao x 00 I 
(7) 

B 

(8) 

c" o 
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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 (ti) and symmetry 

orbitals (si) are defined as in Section 7-2, with overlapping orbitals X1' X2' X3 

and X4 located on the A, B, C and 0 atomic centres. Algebraic expansion of Eqn. (2) 

generates the linear combination of the symmetry-orbital configurations given in 

Eqn.(3) (c.f. Ref. 1). 

'f 1 (MO) ( 1 ) 

(2) 

(3) 

The l(s1)2(s4)2(s3)21 and l(s1)2(s2)2(s3)21 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 a spins. Therefore the molecular orbital configuration of Eqn. 

(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: C 

:D :D A: :0 

(9) ( 10) ( 11) 

B: :C B: :C B: :C 

A----D A :0 A: D 

( 12) ( 13) ( 14) 

When 'f 1 (MO) of Eqn. (1) is linearly combined with the excited configuration 

'2(MO) of Eqn. (4), to give a lower-energy C.I. wave-function, the contributions to 

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) • 

(4) 

(5) 

B 

/. 
B· 

/ 
(15 ) (16) 

We shall conclude by noting that covalent-ionic resonance for the electron-
(-) (+) (+) (-) 

pair bond, X-Y ++ X: Y ++ 

1-electron bond structures i . Y and X 
(+) (-) . 

and X • Y X--Y ++ X :Y. 

X :Y . 
• Y. 

is equivalent to resonance between the 
(-) (+) 

This is because i . Y:: X: Y ++ X--Y 

With these identities, all electron-pair bonds that have bc.th covalent and 

ionic character may be expressed in terms of 1-electron bond structures2, 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 

BLONG-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 units1• 

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 '1' '2 and '3 of Eqn. 23-2. 

The extent to which 'j will linearly combine with 'i' and the magnitude of the 

concomitant resonance stabilization energy, depends on the magnitude of the 

Hamiltonian matrix elementHij for i ~ j, as well as on the energy separation 

Hj j - Hii' The off-diagonal Hij is atomic orbital overlap dependent, directly 

through the overlap integrals Sya' Sab and Syb' and indirectly through the core 

Hamiltonian and electron repulsion integrals of the general types H~v' (~VIAA) and 

(~vIAa). (The~, v, A and a are any of the atomic orbitals y, a and b, with ~ ~ v; 

see for example ref. 2 for integral definitions). With the' i of Eqn. 23-2, it may 

be deduced (see for example Ref. 3 for procedure) that the dominant terms for H 13 

and H 23 are functions of Sya and Sab respec~ively. However because the atomic 

orbitals y and b are located on non-adjacent centres, the overlap integral Syb has a 

very small magnitude, and therefore the dominant terms for H12 are functions of the 

product SyaSab' consequently, because all overlap integrals are less than unity in 

magnitude, H 13 and H23 will usually have appreciably larger magnitudes than has H12• 

These Hij considerations show that with respect to atomic orbital overlap, a 

pair of standard 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: 

Page 37, 3 lines below Eqn. (15): replace (1 - S~)~ with -(1 - S~)-~ 

Page 45, Eqn. (41): insert - before { 

Page 236, 2nd line of (e): replace 02 with Fe(II) • 
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