DE GRUYTER GRADUATE

R.C. Maurya

INORGANIC
CH EMISTRY

SOME NEW FACE'ES |
g




Ram Charitra Maurya
Inorganic Chemistry



Also of Interest

Blo| GANIC
CHEMISTRY

CHEMISTRY OF
THE HON-METALS

ORGANOSELENIUM
CHEMISTRY

A
P o

Bioinorganic Chemistry.

Physiological Facets

Ram Charitra Maurya, 2021

ISBN 978-3-11-072729-6, e-ISBN 978-3-11-072730-2

Molecular Symmetry and Group Theory.

Approaches in Spectroscopy and Chemical Reactions
R. C. Maurya, J. M. Mir, 2019

ISBN 978-3-11-063496-9, e-ISBN 978-3-11-063503-4

Chemistry of the Non-Metals
Ralf Steudel, 2020
ISBN 978-3-11-057805-8, e-ISBN 978-3-11-057806-5

Organoselenium Chemistry
Brindaban C. Ranu, Bubun Banerjee (Eds.), 2020
ISBN 978-3-11-062224-9, e-ISBN 978-3-11-062511-0



Ram Charitra Maurya

Inorganic
Chemistry

Some New Facets

DE GRUYTER



Author

Prof. Dr. Ram Charitra Maurya

Ph.D., D.Sc, CChem FIC (India), CChem FRSC (UK)
Professor of Inorganic Chemistry

Former Head, Department of Chemistry and Pharmacy, and
Dean, Faculty of Science

Rani Durgavati University

Jabalpur 482001 (M. P.), India

rcmauryal@gmail.com

ISBN 978-3-11-072725-8
e-ISBN (PDF) 978-3-11-072728-9
e-ISBN (EPUB) 978-3-11-072740-1

Library of Congress Control Number: 2020952731

Bibliographic information published by the Deutsche Nationalbibliothek
The Deutsche Nationalbibliothek lists this publication in the Deutsche Nationalbibliografie;
detailed bibliographic data are available on the Internet at http://dnb.dnb.de.

© 2021 Walter de Gruyter GmbH, Berlin/Boston
Cover image: Piranka/Gettyimages
Typesetting: Integra Software Services Pvt. Ltd.
Printing and binding: CPI books GmbH, Leck

www.degruyter.com


http://dnb.dnb.de
http://www.degruyter.com

Dedicated to
My wife
Mrs. Usha Rani Maurya,
who has always been a source of inspiration for me

throughout my growth

&
My sons, Ashutosh and Animesh; daughter, Abhilasha; and son-in-law, Adarsh
for
encouragement






Preface

During my long journey of teaching span of more than 40 years in three different
universities at B.Tech., M.Sc., M.Phil. and Ph.D. levels, I had always realized the
lack of textbooks in Inorganic Chemistry that covers most of the topics for in-
depth teaching of the subject matters. Moreover, I was also in quest of reading
materials in the form of research papers, reviews and books, so that curriculum at
Postgraduate, M.Phil. and Ph.D. coursework levels in any university of India and
abroad too can be revised for updating manpowers in Chemistry for manifold ap-
plications. The present book, entitled Inorganic Chemistry: Some New Facets, in-
corporating 10 chapters, is designed to meet out the objectives mentioned above.
Although many more topics are still not covered in this book only because of look-
ing over the too much bulk of the book, they will be given attention in its next
volume.

The book also aims to assist students in preparing for competitive examina-
tions, viz. NET, GATE, SLET and Doctoral Entrance Test (DET) particularly in India.
Each chapter ends with different multiple choice, short answer and long answer
questions, covering the topics discussed in the chapter to allow an opportunity to
the students for their self-evaluation.

In completing a book of this nature, one accumulates gratefulness to the previ-
ous authors and editors of books, research papers, reviews and monographs on the
relevant topics. I have consulted these sources freely and borrowed their ideas and
views with no hesitation in preparing the present manuscript. These sources are ac-
knowledged and listed in bibliography, and I am highly thankful to these authors.

Moreover, the present book is the outcome of my teaching of the subject for more
than 40 years to several batches of Masters, M.Phil. and Ph.D. coursework students
at the Department of Chemistry, Atarra P.G. College, Atarra (Bundelkhand University,
Jhansi, U.P., India) and Rani Durgavati University, Jabalpur (M.P.), India. I have
benefited enormously from the response, questions and criticisms of my students.

Looking over the problems of students in learning the subject, I have tried my
best to present the subject with a student-friendly approach, that is, expressing it in
an interactive manner and in simple language with many illustrative examples.
Moreover, the mathematical parts wherever required are given in details to make
the subject easily understandable. Therefore, I hope that the book will serve as a
text for M.Sc., M.Phil. and Ph.D. coursework students of Chemistry.

My endeavour will be amply rewarded if the book is found helpful to the stu-
dents and teachers. Despite serious attempts to keep the text free of errors, it would
be presumptuous to hope that no error has crept in. I shall be grateful to all those
who may care to send their criticism and suggestions for the improvement of the
book on my e-mail ID (rcmauryal@gmail.com).

https://doi.org/10.1515/9783110727289-202
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The writing of this book was initiated in September 2018 at 4515 Wavertree
Drive, Missouri City, Texas 77459, USA, during our stay with my daughter, Dr.
Abhilasha, and son-in-law, Dr. Adarsh, for which they deserve thanks.

Last but not the least, I am thankful to my wife, Mrs. Usha Rani Maurya, for her
patient understanding of the ordeal which she had to undergo due to my almost
one-sided attention during the completion of this challenging task. I am also in-
debted to my students for their encouragement and cooperation.

October 2, 2020 Ram Charitra Maurya
B-95, Priyadarshini Colony, Dumna Airport Road, (Author)
Jabalpur (M.P.), India
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Chapterl
Valence shell electron pair repulsion (VSEPR) theory:
principles and applications

1.1 Introduction

This theory was first formulated by Sidgwick and Powell (1940) based on the repul-
sions between electron pairs, known as valence shell electron pair repulsion (VSEPR)
theory to explain molecular shapes and bond angles of molecules of non-transition
elements. Later on Gillespie and Nyholm (1957) developed an extensive rationale
(basis/underlying principle) called VSEPR model of molecular geometry.

According to this theory, the shape of a given species (molecule or ion) depends on
the number and nature of electron pairs surrounding the central atom of the species.

1.2 Postulates of VSEPR theory: Sidgwick and Powell

The various postulates of this theory are as follows:

(i) The unpaired electrons in the valence shell of central atom form bond pairs
(bps) with surrounding atoms while paired electrons remain as lone pairs (Ips).

(ii) The electron pairs surrounding the central atom repel each other. Consequently,
they stay as far apart as possible in space to attain stability.

(iii) The geometry and shape of the molecule depend upon the number of electron
pairs (bond pair as well as lone pair) around the central atom.

(iv) The geometrical arrangements of electron pairs with different number of elec-
tron pairs around central atom are given in Table 1.1.

1.3 Rules proposed by Gillespie and Nyholm
The following rules have been proposed by Ronald Gillespie and Ronald Sydney

Nyholm of University College of London to explain the shape of a number of
polyatomic molecules or ions.

1.3.1 Rule 1. Spatial arrangement of electron pairs around the central atom
of a given molecule/ion

The electron already present in the valence shell of the central atom of the given
species plus the electron acquired by the central atom as a result of bonding with

https://doi.org/10.1515/9783110727289-001
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Table 1.1: Shapes of the various molecules depending upon the number of
shared electrons around the central metal atom.

Number of Geometry of the Shape of the Examples
shared molecule molecule
electron pairs
around
central atom
180° BeF,, BeCl,, MgF,,

2 Linear
MgCl
B_vaS_B 8-

Triangular BFs, BCls, AlF;, AlCl,

3 planar
4 Tetrahedral | CH,, CCl,, SiH,, SiCl,
B
5 Trigonal PF,, PCl, SbFs
120° bipyramidal
5

6 >§ 90° | Octahedral SFg, TeFg
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other atoms are called the valence shell electrons. Half of this gives the number of
electron pairspresent in the valence shell of the central atom of the given species.

Electron pairs present in the valence shell of the central atom occupy localized
orbitals which arrange themselves in space in such a way that they keep apart from
one another as for as possible. This gives minimum energy and maximum stability
to the species. As there can be only one definite orientation of orbitals corresponding
to minimum energy, a molecule or ion of a given substance has a definite shape, that
is, a definite geometry.

When the central atom in a molecule is surrounded by bonded electron pair
only, the molecule will have a regular geometry or shape. The geometry depends on
the number of bonded electron pairs as given in Table 1.1.

1.3.2 Rule 2. Regular and irregular geometry: presence of hybrid orbitals
containing bond pairs and lone pairs

If the central atom is surrounded only by orbitals containing shared pair of elec-
trons, that is, bps), and there are no hybrid orbitals containing lone pairs (Ips) of
electrons in the valence shells, the molecule has a regular geometry.

If, however, the central atom is surrounded by one or more hybrid orbitals con-
taining lone pairs of electrons in the valence shells, the bond angle gets distorted
from the value expected for a particular geometry of molecule or ions. Hence, with
the change in the magnitude of the bond angles, the shape of the molecule or ions
gets distorted.

Cause of distortion in geometry/change in bond angles

The strength of the repulsions between the electron pairs in a valence shell de-
crease in the order: lone pair (Ip)-lone pair (Ip) >lone pair (Ip)-bond pair (bp) >
bond pair (bp)-bond pair (bp). In other words, lone pairs and bond pairs are not
equivalent but lone pairs exert a greater effect on bond angles than bond pairs.

This rule can be easily understood because a bonding electron pair is under the
influence of two nuclei (two +ve centres) whereas a lone pair is under the influence
of only one nucleus. Thus, a lone pair is expected to occupy a broader orbital with a
greater electron density radially distributed closer to the central atom than the
bond pair electrons, which are drawn out between two positive centres. In other
words, the lone pair occupies more space on the surface of the central atom than a
bonding pair. Hence, it will repel the electron pair in the neighbouring orbitals
more strongly. This is shown diagrammatically in Figure 1.1.

Consequently, the presence of one or more orbitals with lone pairs has the ef-
fect of altering the bond angles to a significant extent. The molecule will not retain
any regular geometry now.
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(i)

(i)

Lone pair orbital

Bond pair orbital

Figure 1.1: Spatial difference between a lone pair
and a bond pair.

This rule may be used to explain:
The well-known bond angle decrease in the series CH,, 109.5° (bp—bp) > NH;,
107.3° (Ip-bp) > H,0, 104.45° (Ip-1p) (Figure 1.2).

H
111.7° N A
109.5°
C\
/ H H H

H 1045°  H
. H 1073°

Figure 1.2: Effect of bp—bp, bp—Ip and Ip—Ip on bond angles.

The presence of one lone pair over the central atom nitrogen in ammonia re-
duces the bond angle from 109.5° to 107.3° while with the presence of two lone
pairs over oxygen in water molecule, reduction in bond angle is more compared
to methane and ammonia because of the more Ip—Ip repulsion.

It is expected that the lone pair will exert a greater effect in contraction of bond
angle than a lone electron. The bond angles in the following series (Figure 1.3)
substantiate this.

+ . N
N==0 N
0——
T AN AN

180° 0 o O - 0

Figure 1.3: Effect of a lone pair, a lone electron and no electron over central atom on bond angles.

The NO," (2 bps, counting only o-electrons = 2e pair) ion is isoelectronic with
CO, (2 bps, counting only o-electrons) and similarly, it will adopt a linear struc-
ture with two m bonds.

The nitrite ion, NO, , contains one 1 bond, two ¢ bonds and one lone pair
(2 bps +1 1p, counting only o-electrons = 3e pair). The resulting structure is,
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therefore, expected to be trigonal, with bond angle 120° to a first approxima-
tion. The lone pair should be expected to expand at the expense of the bond-
ing pairs, and the bond angle is found to be 115°.

NO, contains an unpaired electron. It may be considered to be a NO,™ from
which one electron has been removed from the least electronegative atom, N
atom. Instead of having a lone pair on N, it has a single electron in an approxi-
mate trigonal orbital. Since a single electron would be expected to repel less
than two electrons, the bonding electron pairs move so as to open up bond
angle (134°) and reduce the repulsion between them.

(iii) This rule offers a reasonable explanation of why the lone pairs occupy equatorial
positions rather than axial in the trigonal bipyramidal (TBR) electron arrange-
ment of AX,E, AX;E,, AX,E, molecules (E =1p), and occupy trans-positions rather
than cis-positions in the octahedral electron (Oy) arrangement of AX,E, mole-
cules (Figure 1.4). The answers are as follows:

X
A X i
RS E T i : SF,,
2 90° \ 3om 000 \ FTeCL(CHs),
2> 120° RS 11— 180° X
X X
X
d
X X - e ! .
~a 1cr* Xx—& R
X/ \X \\‘x\ . E
S
o L

Figure 1.4: Structures of some molecules having 5 and 6 valence shell electron pairs.

(a) In the TBP, a lone pair in an equatorial position has two nearest neighbours
at 90° and two next nearest neighbours at 120°, whereas an axial lone pair
has three nearest neighbours at 90° and one next nearest neighbours at 180°.

(b) If we accept the postulates that the repulsion due to Pauli forces decreases
rapidly with distance, or with angle between electron pairs, then repulsion
will be minimum when lone pairs occupy equatorial positions rather than
axial one.

(c) In Oy case, lone pairs at axial positions will be at 180 (i.e. maximum far
apart), and thus feel minimum repulsion.
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1.3.3 Rule 3. Effect of electronegativity: repulsions exerted by bond pairs
decrease as the electronegativity of the bonded atom increases

The high electronegativity of the bonded atom (with the central atom) pulls the
o-bonded electron pair away from the central atom nucleus, thereby contracting
and thinning out the orbital.

Hence, more the electronegative of the bonded atom, more the electron density
is displaced towards it in the o-bond. This reduces repulsion between the bond pairs,
and hence allows the lone pair(s) to expand more.

Both the factors causes decrease in the bond angles. The reduction in bond
angle with increase in electronegativity may be viewed in the following examples:

NH; (107.3°) > NF; (102°)

OH, (104.45°) > OF, (103.2°)

PI; (102°) > PBr; (101.5°) > PCl; (100°)
Asl; (101°) > AsBr; (100.5°) > AsCl; (98.4°)

1.3.4 Rule 4. Multiple bonds exert a stronger repulsion

Multiple bonds are composed of two or three electron pair domains (space of influ-
ence) so that together they take up more angular space than a bonding pair domain.
In other words, bond angles decrease in the order multiple bond—multiple bond > mul-
tiple bond-single bond > single bond-single bond.

As the multiple bonds exert a stronger repulsion than single bonds, the mole-
cule adjusts its geometry to reflect it. The following molecules (Figure 1.5) illustrate
specific application of this rule.

1.3.5 Rule 5. Repulsions between electron pairs in filled shells are larger
than those between electron pairs in incomplete shells

In a filled shell, the orbitals effectively fill all of the available space around an atom.
Because of the maximum repulsion, anything that attempts to reduce an angle be-
tween such filled orbitals will be strongly resisted by Pauli repulsion forces, pre-
venting appreciable orbital overlap.
The application of this rule is made in the following examples:
(i) The valence shell (2s 2p, with capacity of 2 + 6 = 8e) of the first row atoms, Li to
Ne, are completely filled by four electron pairs in their binary compounds.
Therefore, for molecules, AX,, AX3E, AX,E, (E=1p), where both A and X are
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F

116° . E 95.0°
S CH

S
C P. 0
97.0
7 @F e 0
F F F7 94.0° F 132.0

109.5° F 101c F F
F F F

0 (0]
124° \

o
9° F 98.2°
¥ H,CO OCH,4

109.5° ‘ ‘

2

Figure 1.5: Bond angles in some multiple bonded molecules showing that bond angle decreases
in the order: multiple-multiple bond > multiple-single bond > single—single bond.

first row atoms, the bond angles will not deviate very greatly from 109.5°. In
fact, they are always within several degrees of this value.

The largest deviation is found to occur in NF; which has an angle of 102.1°, a
deviation of 7.4°. The high electronegativity of F is responsible for this (Rule 3).

(ii) The large difference in bond angles of H,0 and H,S: OH, (104.4°) > SH, (92.2°)
may be explained using this rule. The central atoms (O, S) in these molecules
have eight electrons in their valence shells (6e of O/S +2e of 2H’s). Thus, the
valence shell of O atom in H,O which contains four orbitals (one 2s and three
2p orbitals, with maximum capacity of 8e) is completely filled while that of S in
H,S, which contains nine orbitals (one 3S, three 3p and five 3d with maximum
capacity of 18e) is incompletely filled.

So, due to decreased repulsion between electron pairs in incomplete shell
of S, bond angles are smaller in H,S compared to bond angles in H,O wherein
filled orbitals have greater repulsion.

A similar explanation may be given to justify the following observed bond
angle decreases:

(@) OH, (104.5°) >SH, (92.2°) > SeH, (91°) > TeH, (89.5°)
(b) OH (CHs) (109°) >> SH (CH3)(100°)

(c) NH;(107.3°) >>PHj; (93.3°) > AsH; (91.8°) > ShH; (91.3°)
(d) N(CHs), (109°) > P (CHs), (102.5°) > As (CHs)5 (96°)
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1.4 Exceptions to the VSEPR model, ligand-ligand repulsion
and the ligand close packing model

Over the years, some failures of the VSEPR model to give a correct qualitative expla-
nation of the deviations of bond angles from the polyhedral angles of 90°, 109.5°
and 120° have been used as a basis for claims that the model does not have a sound
physical basis, but later on, it was shown by Gillespie that the model is, indeed,
soundly based on the Pauli principle. Nevertheless, there are a significant number
of exceptions to the VSEPR model.

It has been realized in recent year that exceptions to the VSEPR model are pri-
marily due to the neglect of ligand-ligand repulsions by the VSEPR model. The im-
portance of neighbouring ligand interactions in determining geometry and reaction
rates has been recognized for many years but it was not generally appreciated that
the interactions between geminal ligands can also be of importance.

The importance of ligand repulsions was finally realized by Gillespie (2008) when
his research group noticed that ligand-ligand distances in a large number of molecular
fluorides of the elements of second period are essentially constant for a given central
atom, independent of the coordination number and the presence of other ligands.
These results suggested strongly that the ligands in these molecules may be regarded
as close packed. In other words, ligand-ligand repulsions must be of considerable im-
portance in determining the geometry of these molecules and probably other molecules
too. Moreover, his research group also studied ligand-ligand distances in molecules
with other ligands such as Cl, Br and CH; and found that inter ligand distances for
these ligands bonded to a second period central atom are also essentially constant.

The recognition of the importance of ligand-ligand repulsions enables some of
the failures of the VSEPR model for the main group elements to be easily explained.

Examples

(i) Though chlorine is more electronegative than hydrogen, the CIOCI bond angle
in C1,0 (111.2°) is larger than the HOH angle (104.5°) in H,O (Figure 1.6) because
the large size of the Cl ligand prevents the Cl ligands from being pushed any
closer together by the lone pair. Indeed, the CIOCI bond angle is larger than the
tetrahedral angle which cannot be explained by the VSEPR model alone.

Qe QY

170 pm

H 1045° H c 1120 Cl

Figure 1.6: Large variation in bond angle of H,0 and Cl,0.
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(ii) The bond angle in PH; (93.8°) is significantly smaller than the bond angles in
both PF; (97.8°) and in PCl; (100.3°) (Figure 1.7) despite the fact that F and Cl are
both more electronegative than H. The reason for these deviations from the
VSEPR rules is now obvious. The hydrogen is much smaller than any other ligand
with a ligand radius decreasing from 102 pm on boron to 82 pm on nitrogen so
that H - - - H repulsions only become important at smaller ligand-ligand distances
and smaller bond angles than in comparable molecules with other ligands.
Because of the large size of the Cl ligands the lone pairs in CL,O are unable to
push the ligands closer together than 111.2° and similarly the lone pair in PCl;
(100°) and PF; (98°) cannot push these ligands as close together as in PH; (94°).

0 Q0 0
N oV

Figure 1.7: Variation in bond angle of PHs, PF5 and PCls in spite of single lone pair on central
atom in each.

The early success of the electronegativity rule in fact obscured the importance of
ligand-ligand repulsions in many molecules. For example, the bond angle increas-
ing in the series PF; (98°), PCl; (100°), PBr; (101°) (Figure 1.8) is consistent with the
decreasing electronegativity of the ligand, but it is also consistent with the increas-
ing size of the ligand.

P P P
/ F 4>\Cl / B
F /12\ cl o Br 101.8°

! L1003 o

Figure 1.8: Effect of increasing size of ligand on bond angle in PHs, PCl; and PBrs5,

Overall, ligand size explains those bond angles that are not consistent with the electro-
negativity rule, but also those that are consistent with the rule. So, it is reasonable to
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replace the electronegativity rule of the original VSEPR model with the rule that bond
angles increase with ligand size. Since bond angles can be predicted from the ligand
radii in close-packed AX,E, and AXsE molecules where the bonds are all the same
length, and can be calculated if the bond lengths in AXYE, and AXYZE molecules are
known, the LCP model adds a semi-quantitative aspect to the VSEPR model.

1.5 Applications of VSEPR theory

The rules of VSEPR theory discussed earlier can be applied to know the preferred/
actual structure of various molecules and ions as illustrated as follows:

(i) Structure of sulphur tetrafluoride, SF,

The molecule contains 10e [6e (S) + 4e (F)] in the valence shell of S, four bps and
one lp. In order to let each pair of electrons as much room (space) as possible, the
appropriate geometry will be a TBP. In this geometry, two possible arrangements of
the bps and lp are as shown in the structures (I) and (II) (Figure 1.9). In structure (I),
the Ip occupies one of the equatorial positions while in Structure (I) one of the axial
positions is occupied by lp.

F .
F
179°
e '/ e 7 F
i<— ! F&———§ !
\\\\ : ‘~\\ : S 103°
S~ | AN I
~ 1 =sf. 1
2 90° |\ 3—90° |0\ F
2> 120° F | — 180° F !
F F

(€] (11 (IIT)

Figure 1.9: Possible and actual structures of SF,

In structure (I), the lp is facing two bps at 90° and two bps at 120° while in structure
(I1), the 1p is facing three bps at 90° and one bps at 180°. In this situation, structure
(I) feels minimum repulsion compared to structure (II), and hence, structure (II) is
preferred. Consequently, the lp in structure (I) affects the £F-S-F (axial) to reduce
to 179° and the /F-S-F (equatorial) to 103°. Structure (III) (Figure 1.9) is the experi-
mentally determined structure of SF,,.



1.5 Applications of VSEPR theory —— 11

(ii) Structure of bromine trifluoride, BrF;

The molecule contains 10e [7e(Br) + 3e (F)] in the valence shell of Br, three bps and
two lps. Again, the approximate structure is TBP with the two lone pairs occupying
either at equatorial positions (I) or at axial positions (II) (Figure 1.10).

F .
F
=] : - "|'/§ 1738
Fe— Br i F< Br ! Ay
AN | TSl ! F Br
4 — 90° LA 6— 90° “\I': 86.5°
4> 120° . 2—180°
F F
D (IT) T-shaped structure

Figure 1.10: Possible and preferred structures of BrFs,

Obviously, the structure (I) feels minimum repulsion compared to (II). The distortion

from lone pair repulsion causes the axial F atoms to be bent away from a linear ar-

rangement so that the molecule is a slightly ‘bent T-shaped’ with bond angle of 85.5°.
Similarly, the T-shaped structure of CIF; with bond angle 87.5° can be explained.

T-shaped structure of CIF;

(iii) Structure of dichloroiodate(l) anion, ICL,~

The ICl,” contains 10e [7e (I) + 2e (Cl) + 1 negative charge] in the valence shell of
iodine (I), two bps and three lps. Again, the approximate geometry of the anion by
the VSEPR theory is TBP. So, the two possible arrangements of bps and lps are as
shown in structures (I) and (II) (Figure 1.11), and the structure (I) will have mini-
mum repulsion. The effect of three Ips at the equatorial positions in structure (I)
on the Cl-I-Cl (axial) bond angle will be zero. Hence, the anion will adopt a linear
structure as shown in structure (III) (Figure 1.11).

(iv) Structure of tetrachoroiodate(lll) anion, ICl,~
The ICl,” contains 12e [7e (I) + 4e (CI) + 1 negative charge] in the valence shell of I,
4bps and 2lps. The approximate geometry of the anion should be octahedral. The
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T
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=
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o O

O (11 (111)

Figure 1.11: Possible and actual structures of ICl,,

two possible structures (I) and (II) (Figure 1.12) may be taken. The structure (II) is
acceptable because the anion will feel minimum repulsion when the lps are trans to
each other. The presence of two lone pairs opposite to each other at axial positions,
however, causes no change in CI-I-Cl bond angles. Hence, the anion will have a
square planar structure (III) (Figure 1.12).

Cl Square planar
@ an )

Figure 1.12: Possible and actual structures of ICl,,

(v) Structure of pentafluorotellurate(IV) anion™, TeFs~

Inthe TeFs~, the tellurium atom has 12e [6e (Te) + 5e (Cl) + 1 negative charge] in the
valence shell, five bond pairs and one lone pair. The most stable arrangement for
six pairs of electrons is the octahedral as shown in the structure (I) (Figure 1.13). It
is notable here that the lone pair is occupying one of the axial positions in order to
have minimum repulsion. The presence of the single lone pair of electrons at one of
the axial positions causes adjacent F atoms (4 F atoms of the equatorial plane) to
move upward somewhat. The resulting structure is, therefore, a square pyramid
with the Te atom below the plane of four F atoms (II) (Figure 1.13).
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(vi) Structures/shapes of noble gas compounds
The VSEPR theory adequately predicts the shapes of noble gas compounds.

Square pyramidal structure
with Te atom below the plane

of the four F atoms Figure 1.13: Possible octahedral and
actual square pyramidal structures of
M (In TeF,.

(a) XeF,

In xenon difluoride (XeF,), Xe has (8 +2), that is, 10 electrons (2bps + 31ps) in the va-
lence shell. These are accommodated in five sp>d hybrid TBP orbitals. The three ps
occupy equatorial positions to minimize lone pair repulsion giving linear F-Xe-F
bonds (Figure 1.14).

1 F F
P ‘ 2.00 A
e@ Ip Xe | 180°
2.00 A
Ip F F Figure 1.14: Possible octahedral and actual

Linear shape  |inear structure of XeF,.

(b) XeF[,

In XeF,, the 12 valence shell electrons (4 bps + 2 Ips) around Xe are in six sp>d® hy-
brids octahedral orbitals. The two Ips occupy two axial (trans) positions giving a
square planar structure (Figure 1.15) for XeF,.

1.95 A
F. F F\/ F
\x / Xé 90°
) 7 \1: ; - ;
Square planar Figure 1.15: Possible octahedral and actual

square planar structure of XeF,,
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c) XeF

(efe 3 5p 5d

Valence shell of Xe = ﬂ A T A T Al A

[Kr] 5s25p35d3

5s 5p 5d

. . A AV|AL A A

Orbital representation of XeFq= ﬂ v Y Y Y Y Y

Y
sp3d? hybridization

; (six electrons from six 2pz orbitals of F)
v

The shape of XeF¢, however, can not be obtained from VSEPR theory. The molecule
is octahedral with a distorted triangular face to accommodate the Ip at the centre
(Figure 1.16).

. Lone pair
Triangular face

Figure 1.16: Octahedral structure of XeF¢ with distorted triangular
F face to accommodate the lone pair.

(d) IF,~, IF,” and IFg
IF,” (10e), IF,” (12e) and IF4™ (14e) are isoelectronic with XeF, (10e), XeF, (12e) and
XeFg (14e), respectively, and have the same shape.

(e) XeO3

In XeOs, considering only o-bonds, Xe has eight electrons (3 bps +1 Ip) in the va-
lence shell. These are accommodated in four sp® hybrid tetrahedral orbitals (hybrid-
ization scheme given later) with one position occupied by a lp giving pyramidal
shape to the molecule as shown in Figure 1.17.

() XeO,

In XeO,, Xe has eight electrons (4 bps) in the valence shell taking into account only
o-bonds. These are accommodated in four sp> hybrid orbitals. With four bps and
four n-bonds, the shape of the molecule is tetrahedral as shown in Figure 1.18.
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Figure 1.17: Pyramidal structure of XeOs,
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Figure 1.18: Tetrahedral structure of XeOQ,,
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(g) [XeO4]*"
In the present case, Xe has eight electrons (4 bps) in the valence shell taking into

account only o-bonds. With six bps and two n-bonds, the shape of the molecule is
octahedral as shown in Figure 1.19. The four unused electrons in the four p, orbitals
justify four negativechargesover the anion (see the sp>d® hybridization scheme
shown later).

4-
O\l ‘ e °
Xe\
o/ 0
(0] Figure 1.19: Octahedral structure of [XeO,]%~ with six o and two n-bonds.
5s 5p 5d
Valence state of Xe — A A T A T A A T
[Kr] 5s! 5p® 5d*
sp>d? hybridization
/\
(op bp bp bp)
Orbital representation of XeOg —>L T T T T

0y=12222p72p 20! —>=[ y | _{ v—rV _Vﬂ—l RTV v vy v )

p, b, P, P. D, D, Py Py Py Py By’
O 0 0 0 0 O 0 0o 0 66 0
J [ J

Six p,-orbitals of oxygen Six py-orbitals of oxygen

sp>d? hybridization scheme in [XeOg]*"

(h) XeOF,

In XeOF,, Xe has 12 electrons (5 bps + 1 1p) in the valence shell considering only
o-bonds. These are accommodated in six sp>d? hybrid octahedral orbitals with
one of the axial positions occupied by a lp. With five bps, a lIp and a n-bonds,
the shape of the molecule is octahedral as shown in Figure 1.20 leading to square
pyramidal shape of the molecule.
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58 5p >d
Valence state of Xe —» ﬂ 1\ T T T 1‘ ‘r
[Kr] 5s25p35d°
sp3d2 hybridization
N
Mp bp  bp bp

Orbital representation of XeOF, - ﬂ

o

T
A °
Hli J

m

2p,

Fy= 1s% 257 2px2 2py2 2p,I
Og= 15?252 2px2 2p, T2p,!

/Xe\F o \Xe

Octahedral Square pyramidal

Figure 1.20: Square pyramidal structure of XeOF,.

(i) XeO,F,

In XeO,F,, X has 10 electrons (4 bps + 1 1p) in the valence shell taking into account
only sigma bonds. These are accommodated in five sp>d hybrid TBP orbitals with
one of the equatorial positions occupied by a lp, giving ‘see-saw’ shape to XeO,F,
(Figure 1.21). As evidenced from the orbital diagram, two m-bonds are also present
in the equatorial position.
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E F
0 0
(>Z 1
\O \O
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5s 5p 5d
Valence state of Xe —% ﬂ A T A T A A
[Kr] 5s25p35d3

sp’d hybridization
A
flp bp bp bp bp\
Orbital representation of XeO,F, —> ﬂ T

5
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Og=1s22s?2p 2 2p, ' 2p,!

1% 1% Pz y Pz 2py
L ) I J

Figure 1.21: See-saw shape to XeO,F,

() XeOsF,

In XeOsF,, Xe has 10 electrons (5 bps) in the valence shell. These are accommodated
in five sp°d hybrid orbitals. With 5bps and three n-bonds, the shape of the molecule
is TBP as shown in Figure 1.22.



Orbital representation of XeOsF,
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Figure 1.22: Trigonal bipyramidal structure of XeOsF,.

The following table summarizes the geometry of molecules containing bond pair
and lone pair of electrons:

Total no. of electron State of No. of No.of Arrange-ment Shape of Examples
pairs in valence hybridization bond lone of lone pairs molecules
Shell of central of central pairs pairs and bond pairs
atom atom
2 sp 2 0 Linear Linear BeF,, BeCl,,
CO0,, CS,, NO,*
3 sp2 3 0 Triangular Triangular  AlCls, BFs3,
planar planar S0;, CO52~
1 Triangular V-shape S0,, PbCl,,
planar SnCl,, NO,™
4 sp3 4 0 Terahedral Terahedral CH,, CCl,,
SiH4+, XeOz,
3 1 Terahedral Pyramidal  NHs, PHs, PCls,
H30+, XeO3
2 2 Terahedral Bent H,0, NH,™
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(continued)

Total no. of electron State of No. of No.of Arrange-ment Shape of Examples
pairs in valence hybridization bond lone of lone pairs molecules
Shell of central of central pairs pairs and bond pairs
atom atom
5 sp>d 5 0 Trigonal Trigonal PFs, PCls,
bipyramidal bipyramidal SbCls, XeOsF,
4 1 Trigonal See-saw SF,, TeF,,
bipyramidal XeO,F,
3 2 Trigonal T-shaped CIFs5, BrFs
bipyramidal
2 3 Trigonal Linear XeF,, ICl,~
bipyramidal
6 sp>d? 6 0 Octahedral Octahedral  SFg, SeFg
5 1 Octahedral Square IFs, BrFs,
pyramidal  XeOF,
4 2 Octahedral Square XeF,
planar

1.6 Shortcomings of VSEPR theory

Though satisfactory for many species, the VSEPR theory has many shortcomings,

namely,

(i) This theory does not explain the shapes of molecules having very polar bonds.
For example, Li,O should have the same structure as H,O but it is linear.

(ii) This theory is unable to explain the shapes of molecules having extensive m-
electron systems.

(iii) Though ionic in solid state, the alkaline earth halides are covalent in vapour
phase, where some of them have a bent V-shape. This can not be explained as
the alkaline earth ions, after the formation of dihalides do not have any elec-
tron pair (Ip) on them.

(iv) It fails for most of the 14-electron systems. Though the expected pentagonal bi-
pyramidal structure for sp>d> hybridization is observed for IF; and ReF, where
nolp exists, it fails for the species with 1ps. Thus it does not give a correct
structure for XeF¢ and SbF¢>™ (distorted octahedron in which the Ip is trying
to emerge out of the triangular face) (Figure. 1.23).
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Lone pair

Triangular face Lone pair Triangular face

Figure 1.23: Structures of XeFg and SbF¢>~ in which the lone pair of electrons is emerging
out of the triangular face.

1.7 Bent rule

In general both s- and p-orbitals provide insufficient overlap compared to that of
hybrid orbitals. The relative overlap of hybrid orbitals decreases in order sp > sp®>
sp> > p. The differences in bonding resulting from hybridization effects on overlap
can be seen from the following table:

Table 1.2: % s-character, bond length and bond angles of some molecules.

Molecule Hybridization s-character  C-Hbond energy  Bond angle  C-H bond length

(kJ/mole) (pm)
HC=CH sp 50% ~506 ~180° 106
H,C=CH, sp? 33% ~444 ~120° 107
CH, sp® 25% 410 109.5° 109
CH ~p 0% ~335 90° 112

(i) From the above table, it is clear that the C-H bond in acetylene is shorter and
stronger than in hydrocarbons with less s-character. The hybridization in hy-
drocarbons is dictated by the stoichiometry and stereochemistry.
(ii) For the involvement of s-character in hybridization to achieve better bond
strength in different types of molecules, an empirical rule was given by Bent
known as bent’s rule. This rule states that
— ‘More electronegative substituents with a central atom “prefer” hybrid orbi-
tals having less-character and more electropositive substituents “prefer” hy-
brid orbitals having mores-character.’

— This empirical rule observed in certain compounds is substantiated my mo-
lecular orbital calculations.
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The Bent’s rule can be observed in the following examples:

(i)

(i)

A good example of Bent’s rule is provided by the fluoromethanes.

Molecule H-C-H bond angle F-C-F bond angle

CHsF 110-112° -
CH,F, 111.9° £ 0.4° 108.3°£0.1°
CHF;3 - 108.8°£0.75°

In difluoromethane, CH,F, (C atom having electronegative fluoro substituents),
the F-C-F bond angle is less than 109.5°(108.3°), indicating less than 25% s-
character, but the H-C-H (C atom having electropositive substituents H atoms)
bond angle in this fluoromethane is larger (111.9°) and hence the C—H bond has
more s-character. The bond angles in fluoromethanes yields similar results.

A second example of Bent’s rule is provided by chlorofluorides of phosphorous
PCIF5_x and the alkylphosphorous fluorides RyPF5_.

Before coming to these two cases, let us have a look over the effect of dif-
ferences in hybrid bond strength in PCls molecule involving sp>d hybrid-
ization. Contrary to the equivalent and symmetric four sp® hybrid orbitals
directed to the four corners of a regular tetrahedron and six d’sp’ hybrid orbi-
tals directed to the six corners of an octahedron, sp>d hybrid orbitals are not
equivalent; instead, they may be considered as a combination of a p,d,” hy-
brid and spxpy hybrid.

The former makes two linear hybrid orbitals bonding axially and the latter
forms the trigonal equivalent bonds. The sp? hybrid orbitals are capable of form-
ing stronger bonds (33% s-character), and it is found that they are 15 pm shorter
than the longer weak axial bonds (0% s-character, pdz* hybridization).

When the electronegativities of the substituents on P atom differ, as in the
mixed chlorofluorides, PCI F5_x and the alkylphosphorous fluorides, R PF5_, it
is experimentally observed that the more electronegative substituents occupies
the axial position (0% s-character, pdz? hybridization) and the less electronega-
tive substituents is equatorial bonded (more s-character).

The tendency of the more electronegative substituents to seek out (search for)
the low electronegative p,d,> apical orbital in TBP structure is often termed as api-
cophilicity. It is well illustrated in a series of oxosufuranes of the type shown:

R\O._R C<O
> L

0—R Y

—Wn
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1.7.1 Consistency of Bent’s rule with Gillespie’s VSEPR model

Bent’s rule is also consistent with, and may provide alternative rationalization for,
Gillespie’s VSEPR model. Thus, the Bent’s rule prediction that highly electronega-
tive substituents will attract p-character and reduce bond angles is compatible with
the reduction in angular molecule of the bonding pair when held tightly by an elec-
tronegative substituent.

Strong, s-character covalent bonds require larger volume in which to bond.
Thus, doubly bonded oxygen, despite the highly electronegativity of oxygen, seeks
s-rich orbital because of the shortness and better overlap of the double bond. Again,
the explanation whether in purely s-character terms (Bent’s rule) or in larger angular
volume for a double bond (VSEPR), predicts the correct structure.

Exercises
Multiple choice questions/fill in the blanks

1. VSEPR theory is applicable for molecular shapes and bond angles of molecules
or ions of
(a) Transition elements
(b) Non-transition elements
(c) Inner transition elements
(d) All of these

2. Repulsion is minimum in
(a) Bond pair-bond pair
(b) Bond pair-lone pair
(c) Lone pair—lone pair
(d) None of these

3. The number of electrons in the valence shell of the central atom in PCls is
(@ 8 (b) 10 (c) 12 (d) None of these

4. The number of electron pair in the valence shell of the central atom in SFg is
@4 M5 ()7 (d) None of these

5. The number of lone pair of electrons in XeF, molecule is
@1 M2 ©3 (@4

6. Sort out the linear species from the following
(@) SO, (b) NOy" (c) NO, (d) NOy
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7. The trend in variation of bond angles in NHs, PHs, AsHs and SbH; is
(@) NH; = PH; < AsH; < SbH;
(b) NH; < PH; < AsH; < SbH;
(c) NH;5>>PH; > AsH; > SbH;
(d) None of the above

8. The geometry of NO," is
(a) Bent (b) Linear (c) Tetrahedral (d) None of these

9. Among the following which molecule contains a central atom that has incom-
pletely filled shell?
(@) NF;  (b) N(CH3);  (c) OH(CH3)  (d) SbHj

10. The number of electron pairs in valence shell of the central atom of HF mole-
cule is
@2 ®m3 ©W4 @5

11. Which one of the following molecule has distorted geometry?
(a) BeCl, (b) SF¢ (c) H,Se (d) TeFq

12. The shape of ammonia molecule is
(a) Linear
(b) Triangular planar
(c) Tetrahedral
(d) Triangular pyramidal

13. The geometry of PCl; is
(a) Pentagonal
(b) Square pyramidal
(c) Tetrahedral
(d) None of these

14. The pair having similar geometry is
(a) BFs3, NH; (b) IFs, PFs (c) BeCl,, H,0 (d) None of these

15. The bond angle in H,S is
(a) Greater than in NH;
(b) Same as in BeCl,
(c) Same as in CCl,
(d) Larger than in H,Se and smaller than in H,0

16. Which of the following molecule is not tetrahedral?
(a) CF, (b) SiF, (c) SF, (d) CH,

17. In OF,, the bond angle is
(a) 180° (b) 109.5° (c) >109.5° (d) <109.5°



18.

19.

20.

21.

22
23.

24,

25.
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The structure of XeF, is

(a) Square planar

(b) TBP with one position occupied by lone pair

(c) Octahedral with trans positions occupied by two lone pairs

Which of the following molecule has regular geometry?
(@) H,0 (b) PF; (c) XeF, (d) SFe

The molecule of CIF; adopts
(@) Thp (b) Triangular planar (c) T-shaped (d) None of these

Bond angle......... in the order: multiple-multiple bond > multiple-single
bond > single-single bond.

Bond anglein NFsis......... than NH;.

A molecule having one or two lone pair(s) of electrons will occupy. ........
position(s) in TBP structure for minimum repulsion.

An octahedral molecule with two lone pairs of electrons will occupy.........
positions for minimum repulsion.

The bond angle in H,O moleculeis.........

Short answer type questions

Vo NOY R W

[ e N S T T
GO~ WDN = O

Why does a lone pair of electrons repel more than a bond pair of electrons?
Why is bond angle in water smaller than that in ammonia?

Explain why the structure of ICl,™ is linear.

Explain the structure of CIF; on the basis of VSEPR theory.

Explain why the structure of tetrachoroiodate(III) anion is square planar.
Explain why NO," is linear while NO," is bent.

Explain with reason the difference in bond angles of OH, and SH,.
Account for the geometry of IF,".

Which molecule CH, or NH; has bigger bond angle and why?

. Explain how the structure of XeOy is tetrahedral.

. Explain why the XeOF, issquare pyramidal in shape.

. Justify why the structure of XeO,F, is ‘see-saw’ like.

. Justify that the structure of SF, is ‘see-saw’ like.

. Justify the large variation in bond angle of H,0 and Cl,0.

. Explain the significant variation in bond angle of PHs, PF5; and PCl; in spite of

single lone pair on central atom P in each.
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Long answer type questions

13.

14.

15.
16.

17.

18.

19.

20.

21.

What is VSEPR theory? How is it useful in understanding the geometry of
molecules?

Based on VSEPR theory, explain the geometry of NH; and H,0. Why CH,, NH;
and H,0 have different shapes?

Explain why the geometries of CH,, NH; and H,0 are different from one
another.

Explain lp-lp >1p-bp > bp-bp repulsion. Describe the geometry of NH;, H,0
and PF; on its basis.

Having the same number of electrons in the valence shell of the central atom of
molecules CH,, NH; and H,0 have different shapes.

Using the concept of VSEPR theory, discuss the structure of ICl,” and SF.
Describe the salient features of valance shell electron pair repulsion theory.
Explain the geometries of IF; and SF, on the basis of VSEPR theory.

Explain the structures f ICl,” and TeF5™ using the concept of VSEPR theory.

. How is VSEPR theory helpful in actual shapes of XeF, and XeF, molecules?
. Justify the pyramidal shape of XeO; and tetrahedral structure of XeO, on the

basis of valance shell electron pair repulsion theory.

. The structure of [XeOg]*™ is octahedral with six sigma- and two pi-bonds using

the concept of VSEPR theory and hybridization. Also justify the presence of
four negative charges over the molecule.

Justify that XeO,F, is ‘see-saw’-shaped with two m-bonds and a lone pair on the
central atom.

Explain the TBP structure of XeOsF, with three m-bonds using the concept of
VSEPR theory and hybridization.

Explain how Bent’s rule is consistent with Ronald Gillespie’s VSEPR model.
Explain Bent’s rule with suitable examples. Explain how this rule provides al-
ternative rationalization for Gillespie’s VSEPR model.

Explain the wide variations in bond angles of NO,", NO, and NO,™ on the basis
of valance shell electron pair repulsion theory.

Explain with reasonable explanation that why lone pairs are placed in equato-
rial and axial positions in TBP and octahedral compounds, respectively, for
minimum repulsion.

With suitable examples, explain the effect of multiple bonds on bond angles in
multiple bonded molecules.

Present an account of exceptions to the VSEPR model, ligand-ligand repulsion
and the LCP model with suitable examples.

Justify why the lone pairs occupy equatorial positions rather than axial in AX,E
type molecules and occupy trans- rather than cis-positions in octahedral elec-
tronic arrangement of AX,E, type molecules (E = lone pair of electrons).



Chapter i
Delocalized m-bonding in polyatomic molecules:
molecular orbital approach

2.1 Localized and delocalized bonds
2.1.1 Localized o- and m-bonds

A number of molecules contain o-bonds only as in case of NH; and CH,. For such
molecules, the valence bond theory involves the appropriate number of localized
two electron bonds. Molecular orbital (MO) approach for such molecules describes
the behaviour of electrons by means of orbitals that are localized. When more than
two electrons hold two nuclei together, then the orbitals may be divided into local-
ized 0- and m-types depending upon their symmetry. For example, in the N, mole-
cules, bonding involves one o- and two m-orbitals [(01s)? (6*15)%(02s)(0*2s)X(M2py? =
m2pz®)(02px)?]. Similarly, the o- and n-orbitals for CH,=CH, and CH=CH are localized
between two carbon atoms. Such molecules involving localized o- and n-bonds are
not of any interest under the purview of this topic.

2.1.2 Delocalized m-bond(s)

The formation of polyatomic molecules through delocalized n-bond(s)/bonding means,
we can no longer distinguish m-electron pairs and bonding pairs of atoms. Instead, we
consider electron pairs as belonging to a group of atoms and holding the molecule
together.

2.2 Basic principles of molecular orbital theory: polyatomic
molecules or ions involving delocalized n-bonding

MO treatment of polyatomic molecules involving delocalized mn-bonding is some-
what more complicated because the atomic orbitals overlapping may results in the
formation of large number of MOs since the number of atoms involved in the mu-
tual overlap of their orbitals may itself be large.

Essentials of the theory in the present case remains the same as that for the
simple diatomic molecules, however, the following generalizations are notable
(i) Delocalized m-bonding is best described by multi-centred bonds, which in-

volve -MOs (rt-MOs).

https://doi.org/10.1515/9783110727289-002
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(i)
(iii)
(iv)
(v)

(vi)

The total number of m-MOs formed in any overlap is always equal to the num-
ber of atomic orbitals involved.

The energy of various n-MOs formed in an overlap is worked out with the help
of linear combination of atomic orbitals (LCAOs) method.

Among these MOs, increasing number of nodes signify the MO of increasing
energy.

A nodal plane containing the nuclei does not produce any anti-bonding effect,
but a node between two nuclei implies an anti-bonding interaction.

As the MO wave function is obtained by the LCAOs, its formation can be repre-
sented by the equation:

lpM(bonding) = G+ G, + C3lp3 + C4¢4 + ...Catpy

where Yy, Y, Y3 and P, are wave functions of atomic orbitals and C;, C,, C3 and C,
are contributions of the respective atomic orbitals towards the resultant MOs.

2.2.1 Various steps involved in working out delocalized n-MOs

(i)
(ii)

(iii)

(iv)

W)

Find the basic shape of the molecule or ion either experimentally or from the
VSEPR theory using the number of bps and lps on the central atom.

Add up the total number of electrons in the valence shell of all the atoms in-
volved, and add or subtract electrons as appropriate to form ion.

Calculate the number of electrons used in 6-bonds and lone pairs, and by sub-
tracting this from the total number of electrons obtained as above, determine
the number of electrons which can participate in m-bonding.

Count the number of AOs which can take part in nm-bonding. Combine these
AOs to give the same number of MOs, which will be delocalized over all of the
atoms. Decide whether MOs are bonding, non-bonding or anti-bonding, and
feed the appropriate number of n-electrons into the MOs.

The number of m-bonds formed can easily be determined from the m-MOs
which has been filled.

The overall bond order of the molecule or ion is equal to:

Number of Bonding electrons (o and ¥ both) - Number of Antibonding electrons

2xnumber of bond centers
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2.3 Delocalized n-bonding in non-cyclic polyatomic molecules
or ions

2.3.1 Ozone molecule (0s)

There are six valence cell electrons over central ‘O’ considering only o-bond forma-
tion (excluding 7 electrons). So, the structure of ozone molecule is triangular planar
structure with one lp over central ‘O’ (Figure 2.1).

/\O>\
O/ O Figure 2.1: Triangular planar structure of ozone molecule with one lp over

116° 48' central ‘O’.

0, forms a V-shaped molecule. Both the bond lengths are 1.278 A, and the bond angle
is 116° 48’. It may be assumed that the central O atom (Og) uses roughly sp® hybrid
orbitals for o bonding. The same may be considered for the other two oxygens, O, and
Oc (Figure 2.2).

sp” hybrid

¥ ‘ ! / y ‘
- = i sp* hybrid Figure 2.2: Positions of O atoms (Oa, Og and O¢)
i N and o-overlaps of sp? hybrid orbitals in 05
A molecule.

The presence of delocalized n-bonding in the O3 molecule is best explained by delo-

calized three-centred nt-bonding as follows:

(i) There is a total of 18e in the valence shell considering six electrons from each
of the three O-atoms (2s%2p™).

(ii) The central oxygen atom (Og) forms a o-bond with two end oxygens, 0, and
Oc, which accounts for 4e. As shown in the hybridization given in Figures 2.3
and 2.2, the central O atom (Og) uses two of its singly filled sp® hybrid orbitals,
and the remaining one is having a lp.
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(iii)

(iv)

Og= 152 25> 2p*; Valence shell electronic configuration = 2s22p*

Valence shell electronic configuration g 2s* 2p,? zpyl 2p,! [sp2 hybridization
|

of O, (ground state) p 1p o bond
// 6—bon

Valence shell electronic configuration —__g 257 Zﬁxl 2py1 2p,? [sp2 hybridization
—

of Og (ground state) Ip Y o—bond
\o—bon

1
Valence shell electronic configuration > 2s2 2px2 Zi)yl 2le [sz hybridization
%,_J

of O, (ground state)
Ip Ip

Figure 2.3: Sp? hybridization scheme in O3 molecule.

The end O atoms (O, and O¢) after o-bonds with O using their sp? hybrid orbi-
tals, are now left with 2lp’s on each. Hence, 51p’s (Og: 1lp + O4: 2lp’s + Oc: 2lp’s
=5lp’s) and 20-bonds together account for 14e, thus leaving 4e (18e-14e =
4e) for m-bonding.

The unused 2pz orbitals on each of the three O atoms involve themselves in
mutual 7t overlaps, giving a total of three delocalized i, MOs (mip MOs). The
three modes of combinations resulting in these mp MOs may be represented as
shown in Figure 2.4.

n
One nodal plane
2p, 2p, 2p,

(Bonding)

Gl
gOA + %C D2

Two nodal planes
(Non-bonding)

2p, 2p,
Cl-D o«
8OA +803 + 80( >
2p, 2p, 2p,

<QAmzm

Three nodal planes
(Anti-bonding)

Figure 2.4: Formation of three mp MOs in Os molecule.
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The three p MOs, in terms of wave functions, can also be represented as:

7p1 = C;¥04 (pz) + C;¥WOgs(p,) + C3¥O0c (p2)
12 = C4¥0n(pz) + Ce¥Oc(p2)
7p3 = C;¥04 (pz) + Cs¥O0g(pz) + CoWOc(p)

Here, in case for mp,, the value of Cs for YOg(p,) is obviously zero, and hence
it does not take part in this interaction. In fact, a nodal plane passes through
Og nucleus. It is also obvious from Figure 2.4 that mp, is most bonding as it
possesses only one nodal plane that contains nuclei.

The mp, containing two nodal planes is of higher energy compared to mp;. The
highest energy MO is mp3 because of having three nodal planes.

It is notable that mp, is of non-bonding character as the adjacent atoms O
and O¢ do not take part in overlap. On the other hand, np; and mp; are clearly
bonding and anti-bonding MOs.

A simplified MO energy level diagram of O; molecule involving both local-
ized-o and delocalized-mt overlaps is given in Figure 2.5.

0 o
ot (sp?) “i(sp?)
(Anti-bonding)
D3
E
Hra e
Ip(sp?) Ip(sp?) Ip(sp?) Ip(sp?) ~ Tp2 (Non-bonding) |
G
ﬂ)l (Bonding) Y
ﬂ lL Figure 2.5: Simplified MO energy
OL(sp?) OrL(sp?) level diagram of O5 molecule.

Of the 4mes available, two are filled in the lowest energy bonding mnp; and the
remaining two is accommodated in the non-bonding mp,. The highest anti-
bonding mp; remains vacant.

The 51ps of O,, Op and O¢ atoms remain accommodated in their respective
sp® hybrid orbitals. As these orbitals are not involved in bonding (overlap-
ping), they will be equivalent in energy to that of non-bonding mp,.

It is notable that o* orbitals formed in the o overlap will be of still higher en-
ergy compared to even mp3, and hence they too will remain vacant.
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Bond order of 0—0 bond in ozone (05)

Bond order of O-0 bond

_ No. of bonding electrons (0 +m) - No. of antibonding electrons
- 2 x No. of bonding centres

_{40)+2m) _6

2x2 4
=15

Thus, in O; molecule, the 0—0 bond is neither one nor two. In fact, in O3, there are
two o-bonds (0,—0Og and 0,—0¢) and one n-bond, which is delocalized over O,—Og
and OA—Oc.

2.3.2 Nitrogen dioxide (NO,) molecule

This is an odd electron molecule in terms of VBT, which can be represented as shown
in Figure 2.6. The number of valence shell electrons surrounding the central N con-
sidering only ¢ bonding is five (2.5 electron pairs, that is, 2 bp +1 lone electron).
Based on the VSEPR theory, the geometry of the molecule is triangular planar. The
0-N-0 bond angle is 134°15’ because of smaller effect in contraction of bond angle
due to a lone electron than the lone pair as in NO,™ (3 electron pairs; 2 bp + 1 1p).

(a0 = 1974 <-
S AR
[ ) L] ) L]
0 0
0L 34015 OB 04 115° B

Figure 2.6: Triangular planar structure of NO, and NO,".

The bond angle suggests that the N atom of the NO, molecule utilizes sp® hybrid
orbitals for o bonding (Figure 2.7) leaving 2p, orbitals free to involve in m-overlap. A
similar hybridization may be considered for the other two oxygen atoms O, and Og.
Positions of the atoms and g-overlaps have been shown in Figure 2.7. The hybridiza-
tion scheme (Figure 2.8) also makes it clear.
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sp® hybrid
2 .
sp” hybrid
\/

Figure 2.7: Positions of N and O (O, and Og) atoms and o-overlaps of sp? hybrid orbitals in NO,.

Og= 152 252 2p* ; Valence shell electronic configuration = 2s?2p*
N, = 152 25% 2p> ; Valence shell electronic configuration = 2s22p*

Valence shell electronic configuration ~— —» 2s* 2p, 2Py1 2p,! {sp2 hybridization
—

of O, (ground state) P Ip o bond
// 6—bon

Valence shell electronic configuration ~— — 2s? 2p,! 2py] 2p,! {sp2 hybridization

of N (ground state) Ip ' 5—bond
‘I

Valence shell electronic configuration ~ —3 252 2p,> 2;‘)y1 2p,! {sz hybridization
\ﬂ_/

of Og (ground state) Ip 1p

Figure 2.8: Sp? hybridization scheme in NO, molecule.

The presence of delocalized n-bonding in the NO, molecule is best explained by
delocalized three-centred n-bonding as follows:

() The molecule has a total of 17 valence electrons [N(5) + O, (6) + Og (6) = 17¢], out
of which 10e are in the form of Ips. The central nitrogen atom forms a o-bond
with two end oxygens, O, and Og which accounts for 4e. After o overlaps N is
left with one, and each O is left with two sp? hybrids orbitals. These five sp?
hybrid orbitals accommodate 5Ips.

(ii) After taking into account of 5lps (10e) and 20 bonds (4e) (10 + 4 = 14e), only
3e (17-14 = 3) remain to be accommodated. These 3e are ultimately accommo-
dated in delocalized mp orbitals resulting from the mutual overlap of three un-
used 2p, atomic orbitals (Figure 2.9). The 7t overlap is of the same type as in
the case of O; molecule.
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0, * N + O —> % 7TD1
One nodal plane
2p; 2p, 2p;

(Bonding)

Cel D :
n

OA + OB DZ N
E

R

Two nodal planes
2p, (Non-bonding) G
Y

Three nodal planes
(Anti-bonding)

2p,
Op+ XN + OB—> D,
2p, 2p, 2p,

Figure 2.9: Formation of three mp MOs in NO, molecule.

(iii) A simplified MO energy level diagram of NO, molecule involving both local-
ized-o and delocalized-mt overlaps is given in Figure 2.10.

0 U
of (sp?) L)
7?[)3 (Anti-bonding)

E
rrrrat £
Ip(sp) Ip(sp) Ip(sp?) Ip(sp?) 7pz (Non-bonding) | p
P v

o1 (Bonding)

t i+

OL(sp?) OL(sp?)

Figure 2.10: Simplified MO energy level diagram of NO, molecule.

(iv) Of the 3mes available, two are filled in the lowest energy bonding mp; and the
remaining one is accommodated in the non-bonding mp,. The highest anti-
bonding mp; remains vacant.
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(v) The 5lps of N, O, and Og atoms remain accommodated in their respective sp?
hybrid orbitals. As these orbitals are not involved in bonding (overlapping),
they will be equivalent in energy to that of non-bonding np,.

(vi) It is notable that o* orbitals formed in the o overlap will be of still higher en-
ergy compared to even mip3, and hence they too will remain vacant.

Bond order of N-O bond in ozone (NO,)

Bond order of N-O bond

_ No. of bonding electrons (o +m) - No. of antibonding electrons
- 2 x No. of bonding centres

_ {4(0) +2(m)}

6
2x2 T4
=15

Thus, in NO, molecule, the N-O bond is neither one nor two. In fact, in NO,, there
are two o-bonds (N-0, and N-Og) and one mt-bond, which is delocalized over N-Op
and N-Og.

The MO treatment explains very efficiently the properties of this molecule as
evident from the following:

(i) It does not have tendency to form NO," ion because of the fact that no electron
is present in any high energy anti-bonding orbital. The highest energy lone
(single) electron of D, does not have much tendency to ionize due to its non-
bonding character.

(ii) It easily forms a dimmer (N,O,) due to the tendency of the lone electron pres-
ent in the non-bonding nD, orbital to pair up.

(iii) It can be easily converted into NO,™ as the incoming electron is to be accom-
modated in a non-bonding nD, which is not of high energy.

2.3.3 Nitrite ion (NO,)

The number of valence shell electrons surrounding the central N considering only
bonding is six (3 electron pairs, i.e. 2 bp +1 1p). Based on the VSEPR theory, the
geometry of the molecule is triangular planar (Figure 2.11). The ONO bond angle is
115° because of greater effect in contraction of bond angle due to a lone pair of elec-
tron in NO, compared to the lone electron in NO,.

The bond angle suggests that the N atom of the NO,” molecule utilizes sp® hybrid
orbitals for o bonding (Figure 2.12) leaving 2p, orbitals free to involve in m-overlap. A
similar hybridization may be considered for the other two oxygen atoms O, and Og.
Positions of the atoms and o-overlaps have been shown in Figure 2.12. The hybridiza-
tion scheme (Figure 2.13) also makes it clear.
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N d(N-0)=1.97 A -
® \ o \
(0)¢ ., 0g 0 5 0 Figure 2.11: Triangular planar
134715 A 115 structure of NO,™.
sp® hybrid y
z

5 .
sp” hybrid
\_/

Figure 2.12: Positions of N and O (O, and Og) atoms and g-overlaps of sp? hybrid orbitals in NO,™.

Og= 1s% 2% 2p* ; Valence shell electronic configuration = 2s22p*
N, = 152 25> 2p? ; Valence shell electronic configuration = 25%2p>

Valence shell electronic configuration ~ — 25% 2p, 2Py1 2p,! [sp2 hybridization
%(_’_/

of O, (ground state) Ip Ip, s—bond
,// 6—bon

Valence shell electronic configuration ~— — 252 2p,! 2pyl 2p,2 [ sp® hybridization

of N (ground state) Ip ' o—bond

Valence shell electronic configuration =~ —» 252 2px2 Zby' 2le [SPZ hybridization
%/_/

of Og (ground state) ip 1p

Figure 2.13: sp? Hybridization scheme in NO,™ molecule.

The presence of delocalized m-bonding in the NO, molecule is best explained by

delocalized three-centred n-bonding as follows:

(i) The molecule has a total of 18 valence electrons [N(6) + O, (6) + Og (6) = 18¢e],
out of which 10e are in the form of 1ps. The central nitrogen atom forms a o-
bond with two end oxygens, O, and Og which accounts for 4e. After o over-
laps N is left with one, and each O is left with two sp? hybrids orbitals. These
five sp® hybrid orbitals accommodate 5lps.
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After taking into account of 5lps (10e) and 20 bonds (4e) (10 + 4 = 14e), only 4e
(18 — 14 = 4) remain to be accommodated. These 4e are ultimately accommodated
in delocalized m orbitals resulting from the mutual overlap of three unused 2p,
atomic orbitals (Figure 2.14). The m overlap is of the same type as in the case of

NO, molecule.
B —_—
One nodal plane

(Bonding)

ﬂDl

Q®

TI,‘D2

< QR MOZdo

(Non-bonding)

7'l?D3

—

HAA

5o
;o
5

Op
Two nodal planes

Three nodal planes
(Anti-bonding)

Figure 2.14: Formation of three mp MOs in NO,™ molecule.

A simplified MO energy level diagram of NO, molecule involving both local-
ized-o and delocalized m-overlaps is given in Figure 2.15.

Of the 4mes available, two are filled in the lowest energy bonding mp, and the
remaining two are accommodated in the non-bonding mp,. The highest anti-
bonding mip; remains vacant.

The 5lps of N, 0, and Og atoms remain accommodated in their respective sp?
hybrid orbitals. As these orbitals are not involved in bonding (overlapping),
they will be equivalent in energy to that of non-bonding mp,.

It is notable that o* orbitals formed in the o overlap will be of still higher en-
ergy compared to even mips, and hence they too will remain vacant.
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0 0
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LI | N 1N [ | I . E
Ip(sp®) Ip(sp®) Ip(sp?) Ip(sp®) 72 (Non-bonding) | p
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i liz Figure 2.15: Simplified MO energy level
OL(sp?) L(sp?) diagram of NO,~ molecule.

Bond order of N-O bond in nitrite ion (NO,")

Bond order of N-O bond

_ No. of bonding electrons (o +m) - No. of antibonding electrons
B 2 x No. of bonding centres

_ {4(0)+2(m))
2x2

=15

6
4

Thus, in NO,™ ion, the N-O bond is neither one nor two. In fact, in NO,", there are
two o bonds (N-O, and N-Og) and one 7t-bond, which is delocalized over N-O,
and N-Og.

2.3.4 Delocalized n-bonding in hydrazoic acid

In hydrazoic acid, the three N atoms are collinear, and the molecule has the follow-
ing structure (Figure 2.16):

Figure 2.16: Structure of hydrazoic acid.
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The bond angles HN'N™ (114°) and N'N'N™ (180°) are due to the presence of 3e
pairs (2bp + one 1Ip) on N' and 2e pairs (2bp) on N¥, respectively, based on VSEPR
theory.

The reduction in bond length of N'-N" (1.13 A) compared N'-N" (1.24 A) can
be very well explained on account of delocalized m-bonding in this molecule, the
details of which are as follows:

(i)  The hydrazoic acid molecule contains a total of 16 valence electrons: [N' (5) +
N" (5) + N" (5) + H (1)] = 16e.

(ii) As the bond angle HN'N" is 114° and the grouping N'N"N'™" is linear, N' utilizes
sp? hybrid orbitals for 20;s with H and N The 3rd sp? hybrid orbital of N' will
then accommodate its Ip. On the other hand, N" utilizes sp hybrid orbitals for
a or, with N' and N™., N™ may also employ sp hybrid orbitals, one for o bond-
ing with N" and the other for accommodating its Ip. The 2lps and 30Ls account
for 10e. The said hybridization is given in Figure 2.17.

sp? hybridization 1 H
2Py 2p
Valence shell cofgn. BD

(ground state)

NI =2512p* 5 2Py 1P
Valence shell cofgn

(excited state)

sp hybrldlzatlon /
2s ' 2p
I _ H2 X

once st o "_‘
Valence shell cofgn. BD “

(ground state) ‘ﬁ—’ 2py 2p,

sp hybrldlzatlon

(a)

sp® hybrid sp hybrid sp hybrid
(b)

Figure 2.17: Hybridization scheme in hydrazoic acid.
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(i)  Since N" and N" use sp-hybrid orbitals for o bonding, both of them retain 2p,
and 2p, orbitals for m interactions, while N! is now left with one p-orbital (2p,)
for the purpose. Now, a localized m interaction of 2p, orbitals ensures a m,
bond between N and N™. This accounts for two more electrons, leaving only
4e [16 — (10 + 2) = 4e)] to be accommodated.

(ii) A m interaction involving 2p, orbitals of all three nitrogens yields three delocal-
ized MOs, a bonding (D), a non-bonding (nD,) and an anti-bonding (nDs), as a
result of three types of combinations given in Figure 2.18 similar to Os. Two elec-
trons are accommodated in mD; (bonding) and the two electrons in 7D, (non-
bonding). This leaves all the o* and m* orbitals in the molecule totally vacant.

S

Nyt Nigp
One nodal plane
, 2p, (Bonding)
8\“1

p

gNl +

2p, 2
g\ll +
2p,

2p,

A mZ ™

S n
1 _ + Dz
G

Two nodal planes Y
(Non-bonding)

—_—
8 <il

Three nodal planes
(Anti-bonding)

D;

Figure 2.18: Formation of three delocalized n-MOs in hydrazoic acid.

(iii) A qualitative MO diagram of the molecule is given in Figure 2.19 and the bond-
ing details in N3H and other related molecules are represented in Figure 2.20.
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0.98kN N———N
N L Figure 2.20: Bonding details in N3H and other related
1.24 A 1.13A molecules.

2.3.5 Delocalized n-bonding in hydrazoic ion (N57)

Azide ion differs from N3H only in the disappearance of N-H bond, and as a conse-
quence, acquisition of a negative charge. X-ray studies have been made of several ionic
azides. They contain linear symmetrical ions with N-N bond length close to 1.18 A
(Figure 2.21).

1 1.18A I 118 A ]—

v

180° Figure 2.21: Linear symmetrical structure of azide ion.
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The presence of two delocalized ni-bonding in the ion may be worked out as follows:

(i)

(i)

The azide ion contains a total of 16 valence electrons [N' (5) + N" (5) + N™ (5) +
one anionic charge = 16e].

As the N'N"N™ grouping is linear in the anion, sp hybridization can be envis-
aged in all the three nitrogens. For convenience of further discussion, the sp
hybridization scheme (Figure 2.22) involved in the anion is given below.

sp hybridization

o 2py 2py, 2p,
e Shell -
Valence Shell Cofgn . .II.
(ground state) /
2s / 2px 2p, 2pZ

NI =2s12p*
Valence Shell Cofgn — .
(excited state)
sp hybridization | / G

2s | 2p
NI = 2522p3 "
Valence Shell Cofgn — .
(ground state) 2Py 2Pz
sp hybrldlzatlon
(a)

\ \ A
= sphybrid  sphybrid  sphybrid ~
Figure 2.22: Hybridization scheme in
(b) hydrazoic acid anion.

(iii) As shown in the scheme, two o; are formed due to overlapping of two sp-hy-

@(iv)

brid orbitals of N with two neighbouring sp-hybrid orbitals, one from N' and
other from N™. One unused hybrid orbital each on N' and N™ will accommo-
date lone pairs. These are responsible for the excellent coordinating properties
of this ion. The 20y, and 2lps account for 8e, leaving 8e to be accommodated.
The unused pure 2py and 2pz orbitals on all three nitrogens undergo n-interac-
tions (2py-2py-2py and 2p,-2p,-2p, of similar symmetry) yielding doubly degener-
ate sets of localized bonding, non-bonding and antibonding n-MOs (Figure 2.23).
In each case, combination remains the same as in case of Os. Two electrons go to
each bonding and non-bonding n-MOs, leaving t* and o* orbitals vacant.
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Figure 2.23: Formation of six delocalized m-MOs in hydrazoic acid anion.

(v)

A qualitative MO diagram of the molecule is given in Figure 2.24(a). The total
bonding in the molecule may be represented as shown in Figure 2.24(b).

(@) - (b) i
™ (sp-sp) G71(sp-sp) - P 5
n’f N L.18A 1 1.18A %\III
Tp T (Anti-bonding) o
3 3
§ oo e .
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Ni! Ni! E
i . R
Jll JT (Bonding) G
Y
4 ¢
oL(sp-sp) GL(sp-sp)
(NiI_NiH) (NiH-NiHI)

Figure 2.24: (a) MO diagram of N37, (b) Bonding details in N5™.
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Bond order of N-N bond in azide ion (N57)

Bond order of N-N bond

_ No. of bonding electrons (0 +m, both) - No. of antibonding electrons
- 2 x No. of bonding centres

_{4(0)+4(m)} _8
T 2x2 4

=2

The same bond order (2) for both the N-N bonds, N'-N" and N"-N""!, is responsible
for the same and reduced bond lengths (1.18 A) for both N'-N" and N*-N" bonds
compared to N'-N" bond length (1.24 A) of hydrazoic acid.

2.3.6 Delocalized n-bonding in nitrate ion (NO3")

X-ray diffraction studies have shown that the nitrate ion is a planar symmetrical,
the three O atoms occupy the corners of an equilateral triangle. Each O—-N-O bond
angle is ~120°. The N-O bond length, 1.22 A, is shorter than single bond length
1.36 A, which suggests resonating structures in NO5~ (Figure 2.25).

o

Figure 2.25: Resonating structure of NO3™.

Based on VSEPR theory, the triangular planar structure of NO3;~ with bond angles
0-N-0 (120°) is due to the presence of 3e pairs (3bp) on the central N of NO53™.
The delocalized n-bonding in the anion may be worked out as given below.

(i) The ion contains a total of 24 [5 (N) +3x 6 (30) + 1 negative charge = 24| va-
lence electrons.

(ii) The planar triangular structure of the anion with O-N-O bond angle of ~120°
strongly suggests that the central N atom undergoes sp? hybridization. The
three oxygens may also be considered to involve sp? hybridization (Figure 2.26).
This gives the formation of 30;. The two unused sp? hybrid orbitals on each of
the oxygen accommodate 6lps. Thus, a total of 18e are accounted for and 6e
remain to be accommodated.
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N, = 1522522p* ;5 Valence shell electr. confgn. = 2522p3
(ground state)
5 Valence shell electr. confgn. = 25! 2p*
(excited state)
Og = 15%2s%2p* ; Valence shell electr. confgn.

(ground state)

Valence shell electr. confgn. . 2s? 2px22pY12P22 sp? hybri-
of O (ground state) + 1-ve charge I dization

255 p Ip /S Ip
(25°2p”) /o bond ) .
Valence shell electr. confgn. 2s! 2px1'2'py12pz2 [ sp h}/brl—
of N (excited state) 2! 2p* e 7 1p dization
‘ cs bond
Valence shell electr. confgn. 28 2P‘>‘a\22Py"l 2p,! { sp? hybri-
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B (8 ) 2s°2p Ip  Ipo bond
Valence shell electr. confgn. 28 2Px2 Zp“y‘l 2pzl spz h}/bri-
of O¢ (ground state) 252 2p* ﬁ—’ dization
p Ip

Figure 2.26: Hybridization scheme in NO3™ ion.

(iii) The four unused 2p, orbitals, of which two are full filled (O, and N) and two
are half filled (Og and Oc), on m-interactions will give rise to 4m-MOs, one
bonding, two non-bonding to accommodate 2lps and one anti-bonding. The
four unused 2p, orbitals along with o-overlaps are shown in Figure 2.27.

sp? hybrid sp” hybrid

Figure 2.27: Orbital overlap in NO5™.



46 —— Chapterll Delocalized m-bonding in polyatomic molecules: molecular orbital approach

(iv) The four different modes of combinations of four 2p, AOs in the formation of
four delocalized MOs (Figure 2.28) said above can be understood as follows:

(@)

< Q ® m Z o

Nodal plane separating
Central N form O's

Horizontal cross
section of 7D
(Anti-bonding)

Horizontal cross
section of D5
(Non-bonding)

(One nodal plane)

Horizontal cross
section of D,
(Non-bonding)

Horizontal cross
section of D,
(Bonding)

Figure 2.28: Formation of four delocalized mMOs in NO3™.

Delocalized bonding MO (mp,)

It is formed because of the combination: mp; = C;1)0,(p,) + Copp0g(p,) + C3hO¢
(p2) + C4N(p,). In this mode of combination, the positive lobes of all the four
atoms are on one side while negative lobes are on the other side of the central
nodal plane. A horizontal cross section of the ion can then be shown as given
in Figure 2.28(a).
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(b) Delocalized nonbonding MO (7tip, and Tp;3)
These will be formed from the following combinations:

7p2 = G5O, (p,) - CeOc(p,) and
7ip3 = C;Y0s(p,) — Cs¥pOa(Pz) - CopOc(p,)

Here, mip, and mp; are formed when the central nitrogen atom does not take part
in overlap (i.e. coefficient C in the wave function for N is reduced to zero). In
these a nodal plane is passed through the N nucleus. In fact, in one of the non-
bonding MOs, mp,, value of C for one of the oxygen Og is also reduced to zero.
These two non-bonding MOs are degenerate as they possess only one effective
nodal plane (i.e. a nodal plane separating the nuclei). The nature of these MOs
has been made clear with the help of cross section (Figure 2.28(b) and (c)).

(c) Delocalized anti-bonding MO (rtp,)

It is formed as a result of the combination: 7ps=CioPOa(pz) + C11pOp(pz) +
Ci2Y0c¢(p2) — C1PN(p,). In this mode of combination, the positive lobes of all the
oxygens are on the same side of the central nodal plane while that of the central N
is on the other side. Thus, the 2P, orbitals of oxygens are favourably disposed for a
bonding overlaps, though it does not materialize since the 2P, orbital of central N
strongly repels all of them making the whole thing extremely antibonding. It means
that the formation of a nodal plane completely separating the central N from all the
peripheral oxygens. This situation can be visualized as given in Figure 2.28(d).

A qualitative MO diagram of the molecule is given in Figure 2.29. Out of 6e waiting
to be accommodated after the formation of o-skeleton, 2e go to mp; (bonding) and

Figure 2.29: Qualitative energy level diagram of MOs formed due to interaction of sp? hybrid and
2p, orbitals of N.and O in NO5™.
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4e to two non-bonding orbitals mp, and mips. The anti-bonding np, remains vacant
and so do o * orbitals.

Bond order of N-O bond in nitrite ion (NO3")
Bond order of N-O bond

_ No. of bonding electrons (o +m, both) —No. of antibonding electrons
- 2 x No. of bonding centres

_{6(0)+2(m)} _8
2x3 6
=133

Thus, in NO5™ ion, the N-O bond is neither one nor two. In fact, in NO3™, there are
three o-bonds (N-04, N-Og and N-O¢) and one ni-bond, which is delocalized over
N-0O,, N-Og and N-Oc. This is why the bond order of N-O is 1.33.

2.3.7 Delocalized n-bonding in BF;

The B-F bond distance in the only o-bonded molecule should be approximately 1.51 A
(calculated value) while the experimentally determined value is 1.31 A. This wide differ-
ence in the calculated and experimental value can be explained as due to additional
delocalized n-bonding involving the unused (vacant) 2p, orbital (after sp? hybridiza-
tion) of boron atom and one filled p orbital of right symmetry (2p,) on each F atom
(see hybridization Figure 2.30).

Bs= 15%2522p! ; Valence shell electr. congn. = 2¢? 2p,(‘2py2pZ
(ground state)

Fo=1s%2s2p> ; Valence shell electr. congn.
(ground state)

257 2p,'2p,%2p,”

Valence shell electr. congn. =252 2[/)x12py2 2pz2
of Fy (ground state) Jo-bond
1
Valence shell electr. congn. - zslz'pxlzpyl 2p,

of B (excited state) 2s'2p? sp” hybridization

(5p2)‘(§p2)‘(§p2)‘2pz

/! //G*bond
Valence shell electr. congn. = 2¢? QI/p,’(pryz ZpZ2
of Fq (ground state) ! 6—bond
1
Valence shell electr. congn. = 2s2'2p,(12py2 2p,?

of Fy (ground state)

Figure 2.30: Hybridization scheme in BF; molecule.
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The mutual overlap of these four 2p, orbitals gives one bonding, two non-bond-
ing (degenerate) and one antibonding delocalized m-MOs as shown in Figure 2.31.

Nodal plane separating
central B atom from F's

Horizontal cross
B —» section of mp),
(Anti-bonding)

(d)

2p,
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section of wp,
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(Non-bonding)
2p, 2p,

No nodal plane
Horizontal cross

section of Tp .

Fp * Fg + Fe * B (Bonding)
2p, 2p, 2p, 2p,

Figure 2.31: Formation of delocalized m-MOs by mutual overlapping of four 2p,-orbitals.

A simplified MO energy level diagram of BF; molecule involving both localized-o
and delocalized-m overlaps is given in Figure 2.32. Of the 6e available for n-bonding,
2e are accommodated in the bonding and 4e in non-bonding orbitals. This accounts
for one delocalized n-bond and consequent shortening of B-F bond distance.



50 —— Chapterll Delocalized n-bonding in polyatomic molecules: molecular orbital approach

G1(sp2-2py) G1(sp>-2p,) &1 (sp>-2p,)

(B-F) (B-F) (B-F)

T, (Anti-bonding) | g

it it N

Tp, T, (Non-bonding) | E

R

I . G

inl (Bonding) %

i 4 it
or(sp>-2py) GOL(Sp>-2py) Op(SP*—2py) Figure 2.32: M.O. diagram of BF; molecule involving
(B-F) (B-F) (B-F) both localized o— and delocalized m-bonds.

B-F bond order in BF;

Bond order of B-F bond

_ No. of bonding electrons (o + 7, both) —No. of antibonding electrons
- 2 x No. of bonding centres

_{6(0) +2(m)}
2x3

=133

8
6

Thus, in BF3, the B-F bond is neither one nor two. In fact, in BF;, there are three B-F
o-bonds and one B-F m-bond, which is delocalized over all the three B-F o-bonds.
This is why the bond order of B-F is 1.33.

2.3.8 Delocalized n-bonding in Cu,0 molecule

In Cu,O (the cuprite mineral of Cu), each O atom is surrounded tetrahedrally by
four Cu atoms, in exactly the same way, as each Si atom is surrounded tetrahedrally
by four O atoms in mineral Cristobalite of Si (a form of SiO,) (Figure 2.33).
In Cu,0, the Cu* ion has the d'° electronic configuration, and the oxygen is in the
form of dianion (0%7). Compounds of Cu® are normally colourless but the Cu,0 is
red (Figure 2.34). The red colour of this compound is due to charge transfer transi-
tions within delocalized m-bonding MOs.
The formation of delocalized nm-bonding in the compound can be understood as
follows:
(i) Because of the presence of 2e pair (2bp) on the central O [Cu:0:Cu], the shape
of the Cu,0 molecule should be linear on the basis of valance shell electron
pair repulsion theory.
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(@) (b)

Figure 2.33: (a) Crystal structure of cuprite (Cu,0). (b) Crystal structure of cristobalite (Si0,).

Figure 2.34: Colours of cuprite mineral in different mines.

(ii)
(iii)

(iv)

(v)

(vi)

The molecule contains a total of 8e [2x 1(2 Cu, 4s') + 6e (O, 2s°2p”) = 8e] in the
valence shell of oxygen.

The linear Cu—-O-Cu structure suggests that the central atom [0] in Cu,0 in-
volves sp hybridization as shown in the hybridization scheme.

It is notable here that in considering sp hybridization (Figure 2.35) in the for-
mation of Cu,O molecule, only ground-state configuration of Cu (3d'%s") not
Cu* (3d') is taken into account.

The two sp-hybrid orbitals of the central oxygen overlap with half-filled 4s
orbital of two Cu atoms to give two o-bonds, while 2p, and 2p, orbitals of oxy-
gen each containing a pair of electrons remain unused.

These 2py and 2p, orbitals of O atom interact with the respective 4p orbitalsof
the Cu atoms in m fashion to result in the formation of a doubly degenerate set
of delocalized mip; (bonding), mp, (non-bonding) and mp; (anti-bonding) MOs.
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(vii)

(viii)

6 _o©
Cu—O——-c_Cu

Og= 1s22822p*;  Valence shell electr. confgn. = 252 2px'2py'2pz?
(ground state)

Valence shell electr. confgn.  —» 3d'%s'4p, 4py 4p,
of Cu (ground state) o bond !

c- b7 A sp hybridizati
Valence shell electr. confgn. —» (\251:'2;))(1/‘, 2py2 zpzz Sp ybridization

; 155 [
of O (excited state)  2s! 2p ) sp)! 2py2 2p22
o bond /

Valence shell electr. confgn.  — 3d104§1 4py 4p, 4p,
of Cu (ground state)

Figure 2.35: Hybridization scheme in Cu,0.

The three different possible modes of combinations of 3A0s (4py, 2py, 2py Or 4p,,
2p,, 2p,) in the formation of 3MOs (Figure 2.36) said above can be understood as
follows:

0 +\/Cu —» 2np,

Q
O
+

One nodal plane

py/pz py/pz py/pz (Bondmg)
+ —
Cu + Cu — anz E
_ + N
Two nodal planes }lz
Py/Pz Py/P; (Non-bonding) o
Y
+| -
Cu + 0 +\/Cu —» 27[[)3
—| +
Three nodal planes
py/pz py/pz py/pz (Anti-bonding)

Figure 2.36: Formation of three doubly degenerate set of mp MOs in Cu,0.

It is notable that the m overlap is quite weak due to large difference in the energy
of combining orbitals of Cu and O. Also the energy gap between mp; (bonding)
and Ttp, (nonbonding) is quite small.
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A simplified MO energy level diagram of Cu,0 molecule involving both localized-o
and delocalized-mt overlaps is given in Figure 2.37. The available 4e for m-bonding are
accommodated inthe two bonding orbitals mp;.

O (sp-4s) O (sp-45)
(O-Cu) (0-Cu)
Tp, Tp, (Anti-bonding)
E
T, Tp,| (Non-bonding) N
Charge transfer E
Transition R
(O—=Cu) G
“ “ (Bonding)
g !
Oy (sp-4s) O (sp-4s) Figure 2.37: MO diagram of Cu,0 showing charge
(0-Cu) (0-Cu) transfer transitions.

The excitation of an electron from 7p,; to mp, amounts/accounts to charge transfer
(O~>Cu) since the former is largely concentrated on O and the latter on Cu atoms.
This apparent shift of electron density when the compound is exposed to light,
causes it to appear red coloured (see MO diagram).

2.4 Delocalized n-bonding in cyclic molecules

This category comprises of organic molecules of the composition C,H,. They pos-

sess a ring of carbon atoms linked through o-bonding.

The following points are notable in case of cyclic molecules of the composition

C.H,.

(i) Carbon atoms use sp? hybrid orbitals for ¢ bonding.

(ii) The total number of o-bonds formed is 2 n [n (C-C) and n(C-H) bonds].

(iii) The total number of p,-orbitals available for delocalized m-interaction is n,
and each of these orbitals contains one electron. Consequently, nm MOs are
formed ultimately.

(iv) Beyond the first energy level, m MOs occur in degenerate pairs when n is odd,
while for n even, beyond the first energy level, degenerate pairs occur except
for highest energy level.

(v) The number of bonding and anti-bonding orbitals may not be equal
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2.4.1 Benzene (CgHe)

Benzene is an example of cyclic molecule. It is a regular hexagon (Figure 2.38) with
bond angle of 120°.

&

Figure 2.38: A regular hexagon benzene molecule.

The hybridization scheme (Figure 2.39) shows that each carbon undergoes sp? hy-
bridization during the formation of molecule. The three sp® hybrid orbitals on each
carbon form 30 bonds, bond angle being 120°.

Ce= 1522822p2 ;5 Valence shell electr. confgn. = 257 2p>
(ground state)
3 Valence shell electr. confgn.  =2s'2p! 2p)!2p!
(excited state) —_—

sp? hybridization
2P, 2P; — H (Is)
sp? hybrid X ﬂ ﬂ/
| ) sp2 hybrid
hybrid 2Pz % G
sp ybri % 2, 0 6 2,
i [
0!: !
T/ Ha) 2w, o,

sp? hybrid z

Figure 2.39: Hybridization scheme showing sp? orbital overlaps and formation of six (C—C) o and
(C-H) o bonds in C4He.

Each C atom is still left with a p,-orbital Lr to the plane of the benzene C-C
o-skeleton. All the 12 (6C and 6H) atoms are co-planar, with the same C-C bond
distance of 1.39 A which is intermediate between ethylene (1.33 A) and ethane (1.54 A).
The formation of delocalized n-bonding in benzene can be understood as follows:
(i) Total skeleton electrons in benzene involved in o- and n-bonding apart from
C-H o-bonds =6 x4 — 6 = 18e.
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(i) The six 2p, orbitals (one on each C) interact to give 6mp MOs, three bonding
and three anti-bonding. The six different modes of combination of 2p, orbitals
giving 6mp MOs are shown in Figure 2.40.

8.
R X b No nodal plane separating
3 d or -+ + D1 )
6 O the molecule; Ty, is
0 @ > / bonding MO
:: - i+ N
i or - i +}KD2
- i + \ One nodal plane separating ' 1

the molecule; Ty, & Ty are
degenerate weakly bonding
MOs

<QrR=ZHA

Two nodal planes separating
the molecule; T, & Tp5 are
degenerate anti-bonding MOs

Three nodal planes separating
the molecule; mpq is
anti-bonding MO /

Figure 2.40: Formation of six mp MOs in C¢Hg molecule.

(i) It is notable that the + and — sign in Figure 2.40 denote the signs of the top
lobes of various 2p, orbitals involved.

(iv) The six m-electrons of the molecules go to occupy three bonding orbitals
mpMOs (mpy, Mp> and mp3) while antibonding MOs Tp,, Tps and Mpe remain
vacant. L* also remain vacant. A simplified MO diagram (including only
C-C ¢ and Tt MOs) is shown in Figure 2.41.
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olcc Ofcc Oicc Oicc Olcc Siec ©
o (Anti-bonding) 2)
. s (Anti-bonding) (1) .
N
E
H H (Bonding) 2 R
Ty Tp3 G
Y
l (Bonding) (1)
Tpy
[ I I N
Orc-c Occ  Orcc Orcc Srec 9Lcc

Figure 2.41: MO diagram of benzene molecule including only (C-C)o and (C-C)m MOs.

C-C bond order in CgHg
Bond order of C—-Chond

_ No. of bonding electrons (o +m, both)-No. of antibonding electrons
- 2 x No. of bonding centres

_ {12(0) +6(m)} 18 3

2x6 122
=15

Thus, in benzene, the C—C bond is neither one nor two. In fact, there are six o-bonds
and three m-bonds, which are delocalized over all the six ¢-bonds. This is why the
bond order of C-C is 1.5.

2.4.2 Cyclopentadienyl radical (CsHs-)

It is a regular pentagon with bond angle of 120° (Figure 2.42). Similar to benzene,
the MO treatment of this radical envisages/considers that each carbon undergoes
sp? hybridization during its formation. The five sp? hybrid orbitals on each carbon
form 50 bonds, bond angle being 120°. However, each C atom is still left with a
2p,-orbital L1 to the plane of C—C o-skeleton (Figure 2.43). All the 10 (5C and 5H)
atoms are co-planar, with the same C-C bond distance of 1.39 A which is interme-
diate between ethylene (1.33 A) and ethane (1.54 A).
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H

H H H H H H H
-H
H —>H P —. -
H H H H H H
H
H H H H

Cyclopentadiene  Cyclopentadienyl radical

Figure 2.42: Regular pentagon structure of cyclopentadienyl radical.

Ce=15?2s2p” 5 Valence shell electr. confgn. =2522p?
(ground state)
5 Valence shell electr. confgn. =2s'2pt2p, ! 2p,!
(excited state) [ —
sp” hybridization

H(ls)

sp? hybrid

H (1s)
\ sp® hybrid

Figure 2.43: sp? Orbital overlaps and formation of five o_ bonds in CsHs radical.

The formation of delocalized n—-bonding in cyclopentadienyl radical can be under-

stood as follows:

(v) Total skeleton electrons in CsHs radical involved in o- and m-bonding apart
from C—H o-bonds =5x 4 — 5 =15e.

(vi) The five 2p, orbitals (one on each C) interact to give 5mp MOs., three bonding
and 2 anti-bonding. The five different modes of combination of 2p, orbitals
giving 5nD MOs can be viewed as shown in Figure 2.44.
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or i
Ty, No nodal plane separating

the molecule; bonding T-MO

0
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)
Bpg
+ +
+
-- +
+
|
—— — AN — e — %ﬁLr—‘
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+
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Tp2
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> the molecule; degenerate
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+

or -
Tp3

e

|
+
< QREZm

3
1=
X

or -- -
n _

> Two nodal plane separating
the molecule; degenerate
anti-bonding MOs

Figure 2.44: Formation of five n-MOs in CsH; radical.

The 5m-electrons of the CsHs radical occupy the three bonding orbitals (mtp,, mtp, and
Ttp3) while antibonding orbitals mtp, and mps remain vacant. o;s* also remain vacant.
A simplified MO diagram (including only C-C oy (01cc) and m MOs) is shown in
Figure 2.45.
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5F 6 oF ot o (6]

* * * * *
GLcc SLce OLcc OLcc OLcc

(Anti-bonding) (2)

Tp4 Tps E

N

I . E

Tna Tns (Weak bonding) (2) R

G

o (Bonding) 1 Y
Tp1

VR 5

Orcc OrLce Orce Srcc Orcc

Figure 2.45: MO diagram of CsHs radical including only (C-C) o and (C-C)m MOs.

C-C bond order in C5H; radical
Bond order of C-C bond

_ No. of bonding electrons (o + 7, both) - No. of antibonding electrons
- 2x No. of bonding centres

_{10(0) +5(m)} 15
B 2x5 " 10

=15

Thus, in cyclopentadienyl radical, the C—C bond is neither one nor two. In fact,
there are five o-bonds and five m-electrons (2.5 n—bonds), which are delocalized
over all the five o-bonds. Hence, the bond order of C-C is 1.5.

2.5 Delocalized n-bonding in cyclic ions

This category comprises of a set of cyclic anions of the general composition C,0,”".
They possess a ring of carbon atoms linked through o-bonding.
The following points are notable in case of cyclic ions of the composition C,0,".

(i) Carbon as well as oxygen atoms use sp® hybrid orbitals for bonding. Two sp?
orbitals on each of the oxygen contain lone pairs which are available for
coordination.

(ii) The total number of o;, bonds formed is 2n [n(C-C) and n(C-0) bonds].

(iii) Every C as well as O atom involves itself through the remaining p—orbitals (all
in the same plane) into a mutual ni—interaction. The total number of mpMOs
formed is thus 2n, unlike C H,.
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(iv) Bonding and anti-bonding t-MOs are not equal in numbers. In fact, in C,0,%,
a total of 2nm-MOs (n bonding, two non-bonding and (n-2) anti-bonding) are
formed.

Three ions, C,0,% (present in the potassium salt of 3,4—diketocyclobutene diol,
K,C,0,), the croconate ion, Cs0s>~ and C404>~ will be taken as examples of this
category.

2.5.1 3,4-Diketocyclobutene dianion (C,0,7)

It is a square planar ion (Figure 2.46). The C-C and C=0 bond lengths are 1.46 A and
1.26 A, respectively.

0 B
\( 7('/0 o
126 A
1.46 & ‘
C——~C
0/ \O

Figure 2.46: Square planar ion of C,0,%".

The formation of delocalized m-bonding in 3,4-diketocyclobutene dianioncan be

understood as follows:

(i) The anion contains a total of 42e [4 x 4 (4C) + 4 x 6 (40) + two negative charge =
42e] valence electrons.

(ii) The formation of 8c; bonds [46(C—C) and 40(C-0)] involving sp? hybridization
on each carbon and oxygen in C,0,% is shown in the hybridization scheme
(Figure 2.47)

4Cy= 1s22s%2p%;  Valence shell electr. confgn. = 232 2p®
(ground state)

;  Valence shell electr. confgn. = 2s! 2p, ! 2py' 2p,!
(excited state)
sp” hybridization
2 0g= 1s?2s?2p*;  Valence shell electr. confgn. =252 2p*

round state
® L ~2522p,22p,' 2p,!

| S —
sp” hybridization
20g= 1s?2s22p>;  Valence shell electr. confgn. =242 2p°
round state _
(g ) = 2S2 2px22py1 2pZ2
| —)

sp” hybridization
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2 .
sp2 hybrid sp” hybrid

Figure 2.47: sp” Orbital overlaps and formation of 86, bonds in C,H,>".

(iii) As clear from the hybridization scheme, the formation of 8oy, [4(C—C) and 4(C-0)]
and 8lps [2Ips in the two sp? hybrid orhitals of each of the four oxygens] accounts
for (16e + 16e) = 32e, leaving (42e — 32e = 10e) to be accommodated.

(iv) sp” hybridizations over four carbons and four oxygens leave one p, orbital
on each of the four carbons (all singly filled) as well as each of the four oxygens,
two singly filled and the two bearing a negative charge are fulfilled. Thus, a total
of 10e {4e[(4p, — 4C) + 2e [2p, — 20)] + 4e [2p, — 20)] are to be accounted for.

(v) The mutual overlapping of the 8p, orbitals give four bonding (n), two non-bond-
ing and two anti-bonding (n — 2 =2) (total 8) mpMOs. Out of the 10e, 8e go to four
bonding MOs and the remaining 2e in the two non-bonding orbitals as unpaired
spin. The two unpaired electrons in the two non-bonding MOs are due to two —
ve charges over the anion. A simplified MO diagram for the anion is shown in
below (Figure 2.48).

The delocalization of four m-bond over four C—C single bonds in C,0,%" is responsible
for the C-C bond length of 1.46 A, which is intermediate between ethylene (1.33 A)
(C=C) and ethane (1.54 A) (C-C). Similarly, C=0 bond length (1.26 A) in this anion is
lower than the C=0 bond length (1.23 A) in carbonyl compounds.



62 —— Chapterll Delocalized m-bonding in polyatomic molecules: molecular orbital approach

oF  oF o o¥  o¥ of oF ok ®)
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e Tpg (Anti-bonding) (2)

(18¢) I B S _L_T_ 2
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Figure 2.48: MO diagram of C,H,%".

2.5.2 Delocalized n-bonding in C505>~

Croconate ion, Cs0s°", has almost perfect pentagonal symmetry (Figure 2.49). In this
ion, the C-C and C=0 bond lengths are 1.46 A and 1.26 A, respectively.

O\C C/Oi
I
AN o

I

Figure 2.49: Pentagonal symmetrical structure of croconate ion, C505>™.

The formation of delocalized n-bonding in croconate ion, Cs0s>", can be understood as

follows:

(i) The anion contains a total of 52e [5 x 4 (5C) + 5 x 6 (50) + two —ve charge = 52e]
valence electrons.

(i) The formation of 100, bonds [56(C—C) and 50(C-0)] involving sp® hybridization
on each carbon and oxygen in Cs0s>" is shown in Figure 2.50.
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5Cq=1s22s?2p?; Valence shell electr. confgn. = 242 2p?
(ground state)

;  Valence shell electr. confgn. = 2s' 2p. ! 2pyl 2p,!
(excited state)

sp> hybridization
304= 1s?2s22p*;  Valence shell electr. confgn. = 22 2p*
round state
® ) = 2s72p,” 2p,' 2p,'
%—l
sp? hybridization
2 Og=1s%2s%2p’; Valence shell electr. confgn. = 2s2 2p°
(ground state) = 242 2pxz2pyl 2p,2
%—I
sp® hybridization
Ip

sp” hybrid

Figure 2.50: sp Orbital overlaps and formation of 100, bonds in CsHs>".

(iii) As clear from the hybridization scheme, the formation of 106y, [5(C-C) and
5(C-0)] and 10lps [2lps in the two sp® hybrid orbitals of each of the five
oxygens] accounts for (20e + 20e) = 40e, leaving 12e (52e — 40e = 12e) to be
accommodated.
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(iv) sp® hybridizations over five carbons and five oxygens leave one p, orbital on each
of the five carbons (all singly filled) as well as each of the five oxygens, three sin-
gly filled and the two bearing a negative charge are fulfilled. Thus, a total of 12e
{5e[(4p, - 5 C) + 3e [2p, — 30)] + 4e [2p, — 20)] are to be accounted for.

(v) A simplified MO diagram of the anion comprising of 100;, 5mp (n=5) MOs
(bonding), 10 lps, 2rmp MOs (non-bonding) and 31D (n — 2=5 - 2= 3) MOs (anti-
bonding) are given in Figure 2.51. Again the presence of two unpaired electrons
in two non-bonding orbitals is due to two —ve charges over the anion.

10

* * * % * * * % * %
OLce OLee OLec Oec®Lec®Lee Crec CLecCLec®Lec

Anti-bondi
p p T (Anti-bonding) (3)

E
(226)JLJLJLJLLJLJLLLL(10)7TL ®)) N
Ip(0) Ip(0)Ip(0) Ip(0) Ip(0) Ip(0) Ip(0) Ip(0) Ip(0)Ip(0)  Tp 7y E
i R

H “ " N u Non-bopdmg
Bond G
(10e) Ty, mp  mp o mp ( 2 (5 N

(20e) ll iililiii (10)

OLccCLecOLece CrecCrecCrecCrec Crece CLecCLee

Figure 2.51: MO diagram of C;052 ion.

The delocalization of five n-bond over five C—C single bonds in Cs0s>" is responsible
for the C-C bond length of 1.46 A, which is intermediate between ethylene (1.33 R)
(C=C) and ethane (1.54 A) (C-C). Similarly, C=0 bond length (1.26 A) in this anion is
lower than the C=0 bond length (1.23 A) in carbonyl compounds.

2.5.3 Delocalized n-bonding in C404>~

This ion has almost perfect hexagonal symmetry (Figure 2.52). In this ion, the C-C
and C=0 bond lengths are 1.46 A and 1.26 A, respectively.

(0]

0 Figure 2.52: Hexagonal symmetrical structure of C¢0¢>".
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The formation of delocalized n-bonding in C¢04> can be understood as follows:

(i) The anion contains a total of 62e [6 x 4 (6 C) + 6 x 6 (50) + two —ve charge = 62e]
valence electrons.

(i) The formation of 120y, bonds [66(C—C) and 60(C-0)] involving sp® hybridiza-
tion on each carbon and oxygen in C¢0¢>" is shown in Figure 2.53

6 C¢=1s%2s2p? ;  Valence shell electr. confgn. =252 2p>
(ground state)

Valence shell electr. confgn.  =2s'2p ! 2py1 2p,!
(excited state)
sp? hybridization
4 0g=1s"2s?2p";  Valence shell electr. confgn. = 2522p*
round state
® ) =2s%2p,* 2p,' 2p, !
%,—J
sp® hybridization
2 0g5=1s%2s?2p°; Valence shell electr. confgn. = 252 2p°

d stat -
(ground state) =7g2 2px22pyl 2p,>
%—J

sp> hybridization

Figure 2.53: sp? Orbital overlaps and formation of 126, bonds in C¢Hg?".
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(iii) From the hybridization scheme, it is well clear that the formation of 12ay

(iv)

(v)

[6(C-C) and 6(C-0)] and 121ps [2lps in the two sp? hybrid orbitals of each
of the six oxygens] accounts for (24e +24e) = 48e, leaving 14e (62e—48e = 14e)
to be accommodated.

sp® Hybridizations over six carbons and six oxygens leave one p, orbital on
each of the six carbons (all singly filled) as well as each of the six oxygens, four
singly filled and the two bearing a negative charge are fulfilled. Thus, a total of
14e {6e[(4p,—6C) + 4e [2p,— 40)] + 4e [2p,— 20)] are to be accounted for.

A simplified MO diagram of the anion comprising of 1207, 6mp (n=6) MOs
(bonding), 12 1ps, 2rmtp MOs (non-bonding), and 41D (n — 2= 6 — 2 =4) MOs (anti-
bonding) are given in Figure 2.54. Again the presence of two unpaired electrons
in two non-bonding orbitals is due to two —ve charges over the anion

- e ———— —— — — — — (12)
* * * * * * * * * * * *
OLcce OLee OLec Crec Crec ©rece Crec Crec Orec OLecCrec Crec

(Anti-bonding) (4)
T D* T D* T ¥ b D*

(26¢) I N R B N R JL(lz)ii ()]
1p(0) 1p(0) Ip(0) Ip(0)1p(0) Ip(0) Ip(0) Ip(0) Ip(0) Ip(0) Ip(O)Ip(0)  "p_ ™
o 4 ¢ Nowbonding

(12e) Ty Ty T T T T (Bonding)  (6)

O R N I I N N IR I N EeS

Orce OrecCrec Orec®ree OrecCrec Srec Crec Cree CrecCLec

<QrAmZH

Figure 2.54: MO diagram of C¢He? ion

The delocalization of six m-bond over six C-C single bonds in Cc0¢> is responsible
for the C—C bond length of 1.46 A, which is intermediate between ethylene (1.33 A)
(C=C) and ethane (1.54 A) (C-C). Similarly, C=0 bond length (1.26 A) in this anion is
lower than the C=0 bond length (1.23 A) in carbonyl compounds.

Exercises

Multiple choice questions/fill in the blanks

1.

Sort out a molecule involving delocalized n-bonding from the following:
(a) Nz (b) H2C=CH2 (C) CO (d) N02

The N-O bond order in NO, is:
(@133 ()15 (c)2 (d)None of these
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12.

13.

14.
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In which one of the following species N-O bond order is 1.33?
(@NO, (b)NO,~ (c)NO5~  (d)None of these

The number of delocalized bonding n-MOs in benzene is:
@2 ®3 @4 D6

In cyclic molecule of the composition C,H,,, the number of p,-orbitals available
for delocalized m-interaction is:
(@n-2 @Mn ()n+2 (@n+1

The number of antibonding delocalized mMOs in cyclopentadienyl radical is:
@4 ()3 (c)2 (d)None of these

The number of electrons available for m-interaction in cyclopentadienyl radical is:
@3 M4 (c)5 (d)None of the above

The geometry of croconate ion is:
(a) Square planar (b) Pentagonal symmetrical
(c) Tetrahedral (d) Hexagon

The maximum number of nodal planes in delocalized n—MOs of benzene is:
(@1 M2 ()3 (d)None of these

The number of nodal planes in antibonding delocalized n—MOs of benzene is:
@1 ®m2 ©3 (@4

Which one of the following statements is correct for cyclic anions of the general
composition C,0,%" with regard to the number of delocalized n—MOs?

(a) two bonding, n non-bonding and (n-2) anti-bonding

(b) (n—2) bonding, two non-bonding and n anti-bonding

(c) n bonding, two non-bonding and (n-2)-anti-bonding

(d) None of these

The bond order of C-C bond in benzene is:
(@1 (2 (c)1.5 (d)None of these

In Cu,0 (the cuprite mineral of Cu) each O atom is surrounded tetrahedrally with
Cu atoms in number:
(@2 ()3 (c)5 (d)None of these

Cuprite mineral have copper in + 1 oxidation state is:
(a) Colourless (b)Green (c)Red (d)Blue

Red colour of cuprite mineral is due to excitation of an electron from a delocal-
ized bonding n—MO largely concentrated on O to a higher energy non-bonding
1m—MO largely concentrated on Cu called:

(a) d—d transition (b) t—mt transition

(c) o—n transition (d) Charge transfer transition
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16.

17.

18.

19.

20.

21.
22,
23.
24,
25.

26.

The bond length of B-F bond in BF; molecule is:
(@151A ®M131A (©)1.25A (d)None of these

In BF; molecule, the actual number of bonding non-bonding and antibonding
delocalized n—MOs is:

(a) Bonding (1), Non-bonding (2), Anti-bonding (1)

(b) Bonding (2), Non-bonding (1), Anti-bonding (1)

(c) Bonding (1), Non-bonding (1), Anti-bonding (2)

(d) None of these

The bond length of N-O in NO," is:
(@136A Mm115A (©)1.22A  (d) None of these

The azide ion (N57) contains structure with bond angle:
(a) Bent structure with bond angle 115°

(b) Linear symmetrical structure with bond angle 180°
(c) Bent structure with bond angle 120°

(d) None of these

Sort out the paramagnetic species form the following:
(@BF; (b)NO, (c)NO,” (d)NOs~

The bond angle in 0zone moleculeis. . .......
Magnetically, O; moleculeis. . ... ....in nature.
Bonding np MOs in NO, moleculeis. . ... ... .in number.
The C-C bond length in cyclic C¢0¢* ionis.........
The number of lone pairs in O3 molecule is. . .......

The number of localized n-bond in hydrazoic acid is . . .. ... ..

Short answer type questions

Work out the formation of three delocalized m—-MOs in Os.

Briefly highlight the formation of six delocalized n-MOs in hydrazoic acid
anion, N5~

With regard to m—MOs, point out the salient features of cyclic molecules of the
composition C,H,,.

Explain why the experimentally determined B-F bond distance in BF; mole-
cule is so short (1.31 A) while the B-F bond distance in the only o-bonded mol-
ecule should be approximately 1.51 A.

Just draw the MO diagram of NO5™ involving localized o-bonding and delocal-
ized m—bonding and calculate the N-O bond order in this anion.
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11.

12.

13.

14.

15.
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Explain why the bond lengths (1.18 A) for both N'-N" and N"-N" bonds in
azide ion is so reduced compared to N'-N" bond length (1.24 A) of hydrazoic
acid.

Highlighting the formation of four delocalized nMOs in NOs™, give the number
of bonding, non-bonding and anti-bonding mMOs.

Draw the MO diagram of BF; molecule involving both localized-o and delocal-
ized-m bonds, and justify that the molecule is diamagnetic with B-F bond
order of 1.33.

Presenting the formation of three doubly degenerate set of mpy MOs in Cu,0,
show the charge transfer transitions responsible for its red colour.

Draw the hybridization scheme showing sp? orbital overlaps and formation of
six (C-C)o and (C-H)o bonds in C¢Hg. Also calculate the C-C bond order in
this molecule.

Draw the sp? orbital overlaps for the formation of five localized o bonds in
CsH; radical and thus give the number and nature of unused p-orbitals for de-
localized n-bonding.

Draw the MO diagram of C,H,*>~ and show that there are two unpaired electrons
present in two non-bonding orbitals responsible of two negative charges on
this cyclic anion.

Draw the orbital overlaps for the formation of 100; bonds in CsHs*~ and show
that it contains 10 lone pairs and 10 unused p, orbitals with 12 electrons.

Make a sketch of MO diagram of C¢H¢>™ ion involving localized ¢ bonds and
delocalized n-bonds, and show that this anion is paramagnetic with respect to
two unpaired electrons.

Taking a suitable example of a molecule/ion involving delocalized n-bonding
your own choice, draw its MO diagram and hence highlights on its magnetic
behaviour.

Long answer type questions

Draw and discuss the MO diagram of NO, .

Draw and discuss the MO diagram of a cyclic molecule.

Using the concept of delocalized n-bonding, explain the shorter B-F bond dis-
tance (1.31 A) in BF; compared to B-F bond distance ~1.51 A in the only o-bonded
molecule.

Present a detailed account of MO diagram of hydrazoic acid involving delocal-
ized m-bonding.

How does the concept of delocalized n-bonding, explain the shorter C—C bond
length and longer C=0 bond length in Cs05> ion?

Give an account of delocalized r-bonding in C¢0¢>” ion of hexagonal symmetry.
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10.

Describe in detail the delocalized m-bonding in 3,4-diketocyclobutene diol
(C40,%). How does this bonding explain the shorter C-C bond length (1.46 A)
and longer C=0 bond length (1.26 A) in C,0,% ion?

Discuss the formation of MO diagram of benzene molecule including only
(C-C)o and (C-C)mt MOs.

Explain how the concept of delocalized n-bonding in cuprite mineral (Cu,0)
mineral explains its appearance as red in colour.

Based on the concept of delocalized m-bonding, explain the N-O bond order
(1.33) in nitrate ion (NO5").



Chapter lll
Chemistry of borane and related compounds:
structure, bonding and topology

3.1 Introduction

Boranes are hydrides of boron. They are covalent compounds and are called bor-
anes on analogy with alkanes. Borane chemistry began in 1912 with A. Stock’s clas-
sic investigations and the numerous compounds prepared by his group during the
following 20 years. During the past 50 years, the chemistry of boranes and the re-
lated carbaboranes and metalloboranes have been the major growth areas in inor-
ganic chemistry, and interest continues intensified.

3.2 Importance of boranes

The importance of boranes stems from the following three factors:
— The completely unsuspected structural principle involved.
— The growing need to extend covalent molecular orbital (MO) bond theory con-
siderably to cope with the unusual stoichiometries.
— The emergence of a versatile and extremely extensive reaction chemistry which
parallels but is quite distinct from that of organic and organometallic chemistry.

This growing activity of boranes resulted (in the centenary year of Stock’s birth) in
the award of the 1976 Nobel Prize in Chemistry to W. N. Lipscomb (Harvard) for his
studies of boranes which have illuminated the problems of chemical bonding.

3.3 Classification of boranes

Several neutral boranes of the general composition B H,,, and even larger number
of borane anions, B,H,,*", have been characterized so far. For convenience of stud-
ies, these can be classified into five series. Though, examples of neutral boranes are
not known for all the five classes.

3.3.1 Closo-boranes

The name is derived from the Greek word ‘clovo’ which means a cage. These bor-
anes have completely closed polyhedral clusters of n-boron atoms. The neutral

https://doi.org/10.1515/9783110727289-003
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closo-boranes will be of the general composition B,H,,,, but are not known, while
certain anion of the composition B,H,>™ are known. The structure of B¢H¢?™ is shown
in Figure 3.1.

e O
o
= w

Figure 3.1: Structure of closo-borane anion BgHg?".

3.3.2 Nido-boranes

The name is derived from the Latin word ‘Nidus’ which means a nest. These boranes
have non-closed structures in which the B, cluster occupies n-corners of an (n+1)-
cornered polyhedron. Neutral nido-boranes are of the general formula, B, H,,,,. For ex-
ample, B,H¢, BsHy, BgH;o and B,gH,4. The non-closed structures of B,Hg and BsHy are
shown in Figure 3.2.

1

8 2
5 2
o /
;
\ ‘\ 3
BaHs v 4
(a) 6
O=8 >
e =H BsHy

(b)

Figure 3.2: The non-closed structure of (a) B,Hg and (b) BsHo.
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The mono-anions B, H,,,;~ are formed by removal of one bridging hydrogen
from the neutral B,H,,,,; for example, BsHg™, B;oHi3™ and so on. Other anions in this
series such as B,H; and BgH;, are known, though the parent boranes have proved
too difficult to isolate. The di-anions of the composition B,H,,,°"; for example,
BioH,>™ and By Hy 5> are also known.

3.3.3 Arachno-boranes

The name is derived from the Greek word ‘Arachine’ which means a spiders web.
These boranes have even more open clusters in which the B atoms occupy n adjoin-
ing corners of an (n + 2)-cornered polyhedron.

Arachno boranes known are of the following types in terms of neutral and an-
ionic boranes:

Neural: B, H,,,¢; for example, B,H;o, BsH;; and BgHy.

Mono-anionic: B, H,,,5; for example, B,H;, BsHg™, BsH;o ", BoHy, and B;gH;5 .

Di-anionic: B H,,,,*"; for example, B;oH;4>~

3.3.4 Hypho-boranes

The name is derived from the Greek word ‘hyphe’ which means a net. Such boranes
have the most open clusters in which the B atoms occupy n corners of an (n + 3)-
cornered polyhedron, often visualizable as polyhedral fragments formed by removal
of three contiguous/adjoining vertices of a complete polyhedron.

These boranes have the general formula B,H,,g for neutral boranes. However,
no neutral boranes have yet been definitely established in this series but the known
compounds BgH;¢ and B;oH;g may prove to be hypho-boranes.

3.3.5 Conjuncto-boranes

The name is derived from the Latin word ‘conjuncto’ which means join together.

Such boranes have structures formed by linking two or more of the preceding types

of clusters together. They have general formula B H,,. At least five different struc-

ture types of interconnected borane clusters have been identified. They have the

following features:

(a) Fusion by sharing single common B atom: for example, BisH,; (Figure 3.3).

(b) Formation of a direct two-centre B-B o-bond between two clusters: for example,
BgHis, that is, (B4Ho), (Figure 3.4); BioHyg, that is, (BsHg),; BogHoe, that is, (BioH;s),
and so on.
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(c) Fusion of two clusters via 2B atoms at a common edge: for example, B3 Hyg,
Bi,Hig, BisHao, BigHao, n-BigHy, (centrosymmetric), i-B;gH,, (non-centrosymmetric)
(Figure 3.5(a)) and so on.

(d) Fusion of two clusters via 3B atoms at a common face. No neutral borane or
borane anion is yet known with this conformation, but the solvated complex
(MeCN),B,oH;6 - MeCN has this structure (Figure 3.5(b)).

(e) More extensive fusion involving four boron atoms.

Structures of some conjuncto-boranes are shown below:

Figure 3.3: Structure of BysH,3 sharing a common B atom.

() =B
o

Figure 3.4: Structure of conjuncto-BgH,g comprising of two B,Ho units linked by a direct B-B
o-bond.
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Figure 3.5: (a) Structure of i-B1gH», fused via 2B atoms at a common edge (b) Structure of ByoHqg2~
ion. The two three-centre B-B—B bonds joining the two BjoHy™ units by red lines.

3.4 Nomenclature of boranes

The following three rules are followed in the nomenclature of boranes:
(i) Boranes are usually named by indicating the number of B atoms in a Latin prefix
and the number of H atoms by an Arabic number in parentheses. For example:

B,Hg:  Diborane (6)
B,Hyo: Tetraborane (10)
BsHy:  Pentaborane (9)
BsHy;:  Pentaborane (11)
BgH,o: Heaxborane (10)
BgHi»:  Octaborane (12)
BoHis:  Nonaborane (15)
BioHy4: Decaborane (14)
ByoHis: Icosaborane (16)

(ii) The names of anions end in ‘ate’ rather than ‘ane’ and specify the number of H
atom first and then B atom and the charge. For example:

BsHg™: Octahydropentaborate (1-)
BioHi0>: Decahydrodecaborate (2-)
BioH;4>: Tetradecahydrodecaborate (2-)
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(iii) Further information can be provided by the optional inclusion of classes of bor-
anes: for example, closo-, nido-, arachno-, hypho- or conjuncto- in italic form. For
example:

BioHis: nido-Decaborane (14)

BioHio>:  Decahydro-closo-decaborate (2-)
BioHi,*>:  Tetradecahydro-arachno-decaborate (-2)
BioHie: conjuncto-Decaborane (16)

3.5 Properties of boranes

(i) Boranes are colourless, diamagnetic, molecular compounds of moderate to low
thermal stability.

(ii) The lower members are gases at room temperature but with increasing molecu-
lar weight they become volatile liquids or solids. Boiling points of boranes are
approximately the same as those of hydrocarbons of similar molecular weights.

(iii) The boranes are all endothermic and their free energy of formation AG® is also
positive. Their thermodynamic instability results from the exceptionally strong
interatomic bonds in both elemental B and H, rather than the inherent weak-
ness of the B-H bond. In this respect, boranes resemble the hydrocarbons.

(iv) It has been estimated that typical bond energies in boranes are: B-H; (380),
B-H-B (440), B-B (330) and B-B-B (380) k] mol ", compared with bond energy
of 436 kJ mol ! for H.,.

(v) Boranes are extremely reactive and several are spontaneously flammable in air.
Arachno-boranes tend to be more reactive (also less stable to thermal decomposi-
tion) than nido-boranes and reactivity also diminishes with increasing molecular
weight.

(vi) Closo-boranes anions are exceptionally stable and their general chemical be-
haviour has suggested the term ‘three dimensional aromaticity’.

3.6 Metallaboranes/metalloboranes or borane complexes

Metallaboranes are borane cages containing one or more metal atoms, but no car-
bon atoms, in the skeletal framework. The ‘metalla/metallo’ usage is derived from
the ‘oxo/aza’ convention of organic chemistry and denotes a metal replacing a skel-
etal boron atom. Most of the authors use the term metalloboranes and some one
metallaboranes. But we will use the term metalloboranes for borane cages involving
one or more metal atoms.

Reactions between boron hydrides and neutral metal reagents or more com-
monly between boron hydride anions and cationic metals or metal ligand units
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have been employed to generate a large number of metalloboranes ranging from

very small four- and five-vertex species to multi-cage ‘macropolyhedral’ systems.

With a few exceptions, these syntheses are uncontrolled, often affording products

of novel structure but in wide varying yields. Consequently, synthetic routes having

broad applicability are almost non-existent. For example:

(i) Co-pyrolysis of BsHy and [Fe(CO)s) in a hot or cold reactor at 220/20 °C for three
days gives an orange liquids (m. p. 5 °C) of formula [1-{Fe(CO)3}B,Hg] having
the structure shown in Figure 3.6.

Figure 3.6: Structure of [1-{Fe(CO)s}B,Hg].

(ii) The isoelectronic with complex [1-{Fe(CO);}B,Hg], the complex [1-{Co(n>-CsHs)}
B,Hg] (Figure 3.7) can be obtained as yellow crystals by pyrolysis at 200 °C of
the corresponding basal derivative [2-{Co(n’>-CsHs)}B,Hg] (Figure 3.8) which is
obtained as red crystals from the reaction of NaBsHg and CoCl, with NaCsH; in
THF at —-20 °C.

Figure 3.7: Structure of
4 [1'{C0(ﬂ5'C5H5)}34H8]-
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Figure 3.8: Structure of
4 [2-{Co(n*-CsHs)}B,Hg].

The course of both preparative reactions (i) and (ii) is obscure/unclear and
other products are also obtained.

Since borane substrates, particularly the smaller ones, are quite reactive towards
metal reagents, it is frequently the case that attack of the metal can occur at more
than one sight. Moreover, the incorporation of the first metal atom into the cage may
promote further reactions leading to di- or even tri-metallic products, as well as iso-
mers. As a result, metalloboranes are often formed as complex mixtures of isolable
species. For example:

(i) The first closo-metalloborane clusters were obtained from the reaction of the nido-
BsHg™ ion with CoCl, and NaCp (Cp = CsHs), which generated both the nido com-
plex 2-CpCoB,Hg (Figure 3.9) and a family of Co,, Co; Co, closo-metalloboranes.

(ii) Reactions of metal clusters with monoboron reagents such as BH,™ or BH5- THF
have been used to generate metal rich complexes, for example Cp,Co,B,H,,
and metal bridge clusters that contain encapsulated boron atoms: for exam-
ple (i) octahedral H(CO);;RucB (Hong et al. 1989) and (ii) trigonal prismatic
[PPN][(H)5(CO),sRu¢B] (Housecroft et al. 1992).

Figure 3.9: Structure of
2-CpCoB,Hs.
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3.7 Bonding and topology of boranes

Studies of boranes indicate the presence of the following types of bonds (Figure 3.10)
in boranes:

2¢-2e normal B—H bond

B—H o©

e {0 =B;e =H]
2¢-2e normal B-B bond
B—B o——o0

3c-2e bent B-H-B bond
H
B/ \B o /\o

3c-2e triply bridged B-B-B bonds

B o B
o.
)\ )\ and B/ \B O/ \O
B Bo o
Figure 3.10: Types of bonds in higher boranes.

The 2c-2e B-H and B-B bonds are usual covalent bonds. But the 3c-2e B-H-B and
B-B-B bonds are unusual bonds that will be discussed in following section.

3.7.1 Bonding in boranes and higher boranes/boron clusters: molecular orbital
approach

The bonding in Boranes may be explained on the basis of an idea of 3c-2e B-H-B
and B-B-B types of bond proposed by H. C. Longuet-Higgins in 1943. As an under-
graduate, he proposed the correct structure of the chemical compound diborane
(B,Hg), which was then unknown because it turned out to be different from struc-
tures in contemporary chemical structures in contemporary chemical valence the-
ory. This was published in 1943 with his tutor, R. P. Bell (Longuet-Higgins and Bell
1943). This idea was later on refined by W. N. Lipscomb.

3.7.2 Molecular orbital approach
In simple MO theory of covalent bonding, two AOs of the same symmetry and almost

similar energy linearly combine with each other to give rise two MOs (bonding and
anti-bonding) by the linear combination of atomic orbitals method. Similarly, three
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AOs of same symmetry and similar energy combine linearly and would give three
MOs (number of MOs is always equal to the number of atomic orbitals combine).

3.7.3 Formation of B-H-B bond

As the attachment with each of the boron atom in borane is 4 (Figure 3.11(a)), sp’
hybridization may be assumed in the formation of B,H. Of the four sp> hybrid orbi-
tals on each boron atom, two are used in the formation of two terminal B—H; bonds.
The rest two sp> hybrid orbitals on each boron atom along with 1s atomic orbital of
two hydrogen atoms, will now be utilized in the formation of two sets of B-H-B
bonds. It is notable here that each B-H-B bond has only two electrons [one electron
from one sp> hybrid orbital of boron (2nd sp> hybrid orbital is empty) and one elec-
tron from 1s atomic orbital of bridging hydrogen, Hy] (Figure 3.11(b)).

Bs=15?2s?2p'; Valence shell electr. confgn. = 2s?2p! 2

(ground state)
1s /:\ Is
w7 L[] H[{]H,

o-bond & ___ " H, """"g,f.j,;,-{b;gn\d
s 1 iy,
Valence shell electr. confgn. 2s' 2px 125y 12p7% Valen;egshell e'le(c:itr' con)fgn, 2s’ 2pxiZpy 2pz;
: S of B,(excited state IR CabE
of B|(excited state) op® hybri dizatio,r'l'"",,,, G b‘?‘{}g‘“ » sp® hybridization

o—bond
H

v
n, Is e
g w
& O
"y, Y t
s, !

(b)

Figure 3.11: (a) Structure of biborane and (b) hybridization scheme in diborane.
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The idea of linear combination of three AOs in borane can be visualized in the fol-
lowing manner:

Let WB, be one of the four sp hybrid orbitals of one boron atom combine line-
arly with an sp hybrid orbital WB, of another boron atom. This results in the forma-
tion of two MOs,

1/V2 (B, +¥B,) (I) and (3.1
1/V2 (¥B,-¥B,) (II) (3.2

These two linear combinations (I) and (II) of ¥B, and ¥B, are pictorially shown in
Figure 3.12.

/9

VB,
1/42 (yB, + yB,) 1/42 (yB, - yB,)
@ (1)
Additive combination Subtractive combination

Figure 3.12: Additive and subtractive combination of ¥B, and WB,,

The additive combination brings the positive lobe of WB,; near the positive lobe of
¥B,, making positive overlap possible between ¥B, and ¥B,. This results in a de-
crease of energy of the MO formed by this combination. Contrary to this, the sub-
tractive combination brings positive lobe of WB; near the negative lobe of ¥B,
making only negative overlap possible between W¥B, and ¥B,. This results in an in-
crease of energy of the MO formed by this combination.

The relative energies of the two AOs (here AO mean sp’ hybrid orbitals) ¥B,
and ¥B, and resulting MOs are shown in Figure 3.13 along with their normalized
wave functions.

1/42(yB, - yB,)

E 1 0o /
VB wBy ™\
Figure 3.13: Relative energies of two AOs and resulting

1/N2(yB + By two MOs.



82 —— Chapter lll Chemistry of borane and related compounds

Let us now combine wave function of AO of H atom, YH with 1/v2(¥B, + ¥B,) and
1/V2(¥B, - ¥B,).

As shown in Figure 3.14, the MO, 1/V2(¥B; — ¥B,) cannot combine with WH ei-
ther by addition or by subtraction.

vH vH
’ —» Non-bonding or slightly — <— Q
D) ‘ Anti-bonding MO
g » J D
vB, yB,

vB, VB,
Additive combination of 1/y2(yB, — yB,) qutractive combinatiqn of ll/ﬁ(wBl —yB,)
with wH. Net overlap is evidently zero. with yH. Net overlap is evidently zero.
Hence, such a combination does not occur. Hence, such a combination does not occur.

(I11I) av)

Figure 3.14: Additive and subtractive combination of 1/V2(WB; — WB,) with WH.

However, the MO, 1/V2(¥B, + ¥B,) would easily combine with ¥H both by additive
and subtractive combinations as illustrated in Figure 3.15:

wH

yB, yB, WBI \VBZ
Additive combination of 1//2(yB, + yB,) Subtractive combination of 1/v2(yB; + yB,)
with yH. Net overlap is non-zero and +ve. with yH. Net overlap is non-zero and -ve.
Hence, such a combination is effective and Hence, such a combination is effective
leads to lowering of energy. in the -ve sense and leads to increase in energy.
V) (\%))

Figure 3.15: Additive and subtractive combination of 1/V2(WB; + WB,) with WH.

Thus, a linear combination of ¥B;, ¥B, and ¥H results in three MOs, one is
bonding (V), the other is non-bonding (III or IV) as WH does not affect the energy
of 1/v2(¥B,-¥B,) and the last one (VI) is strongly anti-bonding.



3.7 Bonding and topology of boranes —— 83

Hence, the above pictorial representations conclude that the linear combination of
two-centre MO, 1/V2(¥B, + ¥B,) with WH giving rise to bonding, non-bonding and anti-
bonding MOs along with their normalized wave functions, is shown in Figure 3.16.

[12(yB; + yB,) — %\VH]

Anti-bonding

1/2 (yB; - yBy)
e Non-bonding or
slightly anti-bonding

<QRmZm
€‘
=z
<
@
[

1\2(yB, + yB,) Bonding

WH

1
12(yB, + yB,) + —Vu]
[12(yB; + ¥B,) N

Figure 3.16: MO diagram for the formation of B-H-B bond in diborane.

It is notable here that the square of the coefficient of any atomic orbital wave func-
tion give the contribution of that wave function to the MO. In the normalized MO
wave function, the sum of squares of the coefficients in it equals to unity.

The presence of two electrons in the lowest energy bonding MO is responsible
for the formation and stability of 3c—2e B—-H-B bond.

Bond order of B—H bond in B-H-B bond

Bond order of B-H bond

_ No. of electron in BO - No. of electron in AB orbital
- 2 x No. of bonding centre

_2-0_2
T2x2 4
=05

Again, the bond order 0.5 of B-H bond in bridging B-H-B bond is self-explanatory
for the stability of diborane (B,Hg) molecule.

3.7.4 Formation of B-B-B bond

A similar 3c-2e B-B-B bond can be evoked by a linear combination of the three suit-
able orbitals with wave functions ¥B,, ¥B, and ¥Bs; of the three boron atoms of
higher borane clusters. Various combinations with respect to closed and open B-B-B
bonds are pictorially shown below.
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(a) Formation of closed B-B-B bond:

In the formation of closed B-B-B bond (Figure 3.17), wave functions of atomic orbi-
tals to be combined are the sp>-hybrid orbitals of each of the boron. These are ¥B,
WB, and WBs. Again, sp> hybrid orbitals corresponding to the wave functions ¥B,
and WBs; are having one electron and ¥B, is empty.

B

A

Again, the idea of linear combination of three AOs in higher boranes can be visual-
ized in the following section.

Let WB, be one of the four sp> hybrid orbitals of one boron atom combined line-
arly with an sp® hybrid orbital ¥B, of another boron atom. This results in the forma-
tion of two MOs,

B
Figure 3.17: Closed B-B-B bond.

1/V2 (¥B;+¥B,) (I) and
1/V2 (¥B,-¥B,) (II)

The two linear combinations (I) and (II) of ¥B, and WB, are pictorially shown in
Figure 3.18.

Y

VB,
1/J2(yB; + yBy) 1/ 2(yB, - yB,)
()] an
Additive combination Subtractive combination

Figure 3.18: Additive and subtractive combination of WB, and WB,,

Again, the additive combination brings the positive lobe of WB,; near the positive
lobe of ¥B,, making positive overlap possible between WB; and ¥B,. This results in
a decrease of energy of the MO formed by this combination. Contrary to this, the
subtractive combination brings positive lobe of WB,; near the negative lobe of ¥B,
making only negative overlap possible between ¥B,; and WB,. This results in an in-
crease of energy of the MO formed by this combination.
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Let us now combine wave function WB; of third boron atom, with 1/v2(¥B, +
¥B,) and 1/V2(¥B,; — ¥B,). As shown below, the MO, 1/V2(¥B; — ¥B,) cannot com-
bine with WB; either by addition or by subtraction as shown in Figure 3.19.

VB3 vB;

V, Y

0 —= Non-bonding MO <—

2
QPN

¢ D ¢ P

VB, VB, vB, VB,

Additive combination of 1472 (yB; —yB,)
with yg3. Net overlap is evidently zero.
Hence, such a combination does not occur.

(1) av

Subtractive combination of 142 (yB; — yB,)
with yg;. Net overlap is evidently zero.
Hence, such a combination does not occur.

Figure 3.19: Additive and subtractive combinations of WB5 with 1/V2(WB,— WB,). Net overlap is
zero.

But, the MO, 1/v2(¥g; + ¥g») would easily combine with ¥B; both by additive and
by subtractive combinations as shown in Figure 3.20 given below:

yB; vB;

__» Anti-bonding MO

S

vB, yB, VB, vB,

Additive combination of 1/4/2 (yB; +yB,)
with yg;. Net overlap is non-zero and +ve.
Hence, such a combination is effective and
leads to lowering of energy.

V)

Figure 3.20: Additive and subtractive combinations of WB5 with 1/V2(WB, + WB,). Net overlap is

non-zero.

Subtractive combination of l/ﬁ (yB; +yB,)
with yg;. Net overlap is non-zero and -ve.
and leads to increase in energy. Hence, such a
combination is effective in the -ve sence.

(VD
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(b) Formation of open B-B-B bond

In the formation of open B-B-B bond (Figure 3.21), the atomic orbitals involved in
combination are one of the sp>-hybrid orbitals of B; and B, and p-orbital of Bs.
Again, B, and Bs are half filled and B, is empty.

B
B~ B Figure 3.21: Open B-B-B bond.

The following three possible combinations giving the formation of bonding, non-
bonding and anti-bonding MOs are shown in Figure 3.22.

—= —> Anti-bonding MO
QD
Bl 3 B,

(sp® hybrid) (sp® hybrid)

No 2p orbital of
suitable symmetry —— Non-bonding MO
B,

(sp? hybrid) (sp® hybrid)

< QRAmZm

(2p Orbital of suitable
Symmetry)

.. —— Bonding MO
":i B3

(sp® hybrid) (sp® hybrid)

Figure 3.22: Overlapping scheme of orbitals of three boron orbitals resulting in the formation of
bonding, non-bonding and anti-bonding MOs.

Based on above combinations, the resulting three-centred MO diagram for closed
B-B-B and open B—-B-B bonds are shown in Figure 3.23.

The presence of two electrons in the lowest energy bonding MO is responsible
for the formation and stability of 3c-2e B-B-B bond in higher boranes.
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1
—[(yB; + yB,) + 2yB;]
G
Anti-bonding MO

1/ \/Z(‘VBI —vyBy)

------ Non-bonding or
T 0 / slightly anti-bonding MO

A Mz o™

=< Q
é‘
=
<
w
)

1/\/;(“!131 +yB,) Bonding MO

1
\F (yBy +yB, +yBj)
3

Figure 3.23: MO diagram for the formation of B-B—B bond in higher boranes.

Bond order of B-B bond in B-B-B bond

Bond order of B-B bond

_ No. of electron in BO - No. of electron in AB orbital
- 2 x No. of bonding centre
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Again, the bond order 0.5 of B-B bond in bridging B-B—B bond is self-evident for
the stability of higher boranes.

3.8 Topology of boranes (Lipscomb’s rule): s t y x four-digit
coding of bonding in boranes

The overall bonding in boranes/higher boranes can be codified in a four-digit num-
ber, the so called styx number given by W. N. Lipscomb in 1963 (Lipscomb 1963).
The significance of s, t, y and x are given below:

s = No. of 3c-2e B-H-B bonds,
t =No. of 3c—2e B-B-B bonds
y = No. of 2c—2e B-B bonds and

x =No. of BH, groups.

This four-digit coding system of bonding in boranes is also termed as topology of
boranes.
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3.8.1 Utility of Lipscomb’s rule

The number of atoms in a neutral boranes molecule is equal to twice the sum of s, t,
y and x, that is,

No. of atoms in neutral boranes=2(s+t+y+x)

The number of electron pairs involved in the bonding of the borane molecule is n
plus the sum of the individual s t y x number, that is,

No. of electron pairs in a borane molecule=n + (s + t +y + x)

Here, n = number of B-atoms in boron clusters

3.8.2 Validity of Lipscomb’s rule

Various types of bonding in boranes can be understood by considering plane pro-
jections of their respective structures. The validity of Lipscomb’s rule can be seen in
all the boranes.

Examples:
(i) Biborane (B,Hg)

\<>/'
S AN

(2002)

Total number of atoms =2+6=8
Total number of valence electrons (VES) =3 x2 + 6 =12

s = No. of 3c-2e B-H-B bonds =2
t = No. of 3c-2e B-B-B bonds =0
y = No.of 2c-2e B-Bbonds =0
x = No. of BH, groups =2

Number of atoms in diborane =2(s +t +y + x)
=22+0+0+2)
=2x4
= 8 (in B,Hg, total number of atoms is 8)



3.8 Topology of boranes (Lipscomb’s rule) —— 89

No. of bond pairs in diborane molecule =n + (s +t +y + Xx)
=2+(2+0+0+2)
=2+4
= 6 (total valence electrons in diborane is
12, that is, 6 electron pair)

Thus, the four-digit coding system of bonding in B,Hg is (2002). The eight number
of atoms and six electron pairs calculated by Lipscomb’s rule in diborane validate
this rule.

(ii) Tetraborane (10): B,H,o

an’

(4012)

Total number of atoms =4+10=14
Total number of valence electrons (VES) =3 x 4 + 10 = 22

s = No. of 3c-2e B-H-B bonds = 4
t = No. of 3c-2e B-B-B bonds =0
y = No. of 2c-2e B-Bbonds =1
x = No. of BH, groups =2

Number of atoms in tetraborane (10) = 2(s + t + y + X)
=24+0+1+2)
=2x7
=14 (in B4H,0, total number of atoms is 14)

No. of electron pairs in tetraborane (10) molecule =n + (s +t+y + x)
=4+(4+0+1+2)
=4+7
=11 (total valence electrons in
this boron cluster is 22, that is,
11e pairs)

Thus, the four-digit coding system of bonding in B,H;, is (4012). The 14 number of
atoms and 11 electron pairs calculated by Lipscomb’s rule in tetraborane (10) val-
idate this rule.
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(iii) Pentaborane (9): B;Ho

Total number of atoms =5 + 9 =14
Total number of VEs =3x5+9=24

s = No. of 3c-2e B-H-B bonds = 4
t = No. of 3c-2e B-B-B bonds =1
y = No. of 2c-2e B-Bbonds =2
x = No. of BH, groups =0

Number of atoms in pentaborane (9) =2(s +t + y + x)
=2(4+1+2+0)
=2x7
= 14 (in B;Ho, total number of atoms is 14)

No. of electron pairs in this molecule =n + (s + t + y + X)
=5+L+1+2+0)
=5+7
= 12 (total VEs in this boron cluster is 24, that
is, 12 electron pairs)

Thus, the four-digit coding system of bonding in BsHy is (4120). The 14 number of
atoms and 12 electron pairs calculated by Lipscomb’s rule in pentaborane (9) val-
idate this rule.

(iv) Pentaborane (11): B;H;,

o~
_—

/

(3203)
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Total number of atoms =5+ 11 =16
Total number of VEs =3x5+11=26

s = No. of 3c-2e B-H-B bonds = 3
t = No. of 3c-2e B-B-B bonds =2
y =No. of 2c-2e B-Bbonds =0
x = No. of BH, groups =3

Number of atoms in pentaborane (11) = 2(s + t + y + X)
=23+2+0+3)
=2x8
=16 (in BsH;;, total number of atoms is 16)

No. of electron pairs in this molecule =n + (s + t + y + X)
=5+(B3+2+0+3)
=5+8
= 13 (total VEs in this boron cluster is 26, that
is, 13 electron pairs)

Thus, the four-digit coding system of bonding in BsHy is (3203). The 16 number of
atoms and 13 electron pairs calculated by Lipscomb’s rule in pentaborane (11)
show the validity of this rule.

(v) Hexaborane (10): B¢H;o

\

(4220)

Total number of atoms =6 + 10 = 16
Total number of VEs =3x6+10=28

s = No. of 3c-2e B-H-B bonds = 4
t = No. of 3c-2e B-B-B bonds =2
y =No. of 2c-2e B-Bbonds =2
x = No. of BH, groups =0
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Number of atoms in hexaborane (10) = 2(s + t + y + x)
=2(4+2+2+0)
=2x8
=16 (in BgH;, total number of atoms is 16)

No. of electron pairs in this molecule =n + (s + t + y + x)
=6+(4+2+2+0)
=6+8
= 14 (total VEs in this boron cluster is 28, that
is, 14 electron pairs)

Thus, the four-digit coding system of bonding in BgH;g is (4220). The 16 number of
atoms and 14 electron pairs calculated by Lipscomb’s rule in hexaborane (10) in-

dicate the validity of this rule.

(vi) Decaborane (14): B;oHy,

(4620)

Total number of atoms = 10 + 14 = 24
Total number of VEs =3x10 + 14 =44

s = No. of 3c-2e B-H-B bonds = 4
t = No. of 3c-2e B-B-B bonds =6
y = No. of 2c-2e B-Bbonds =2
x = No. of BH, groups =0

Number of atoms in decaborane (14) =2(s +t + y + X)
=24+6+2+0)
=2x12
= 24 (in ByoH14, total number of atoms is 24)
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No. of electron pairs in this molecule =n + (s + t + y + X)
=10+ (4+6+2+0)
=10 +12
= 22 (total VEs in this boron cluster is 44, that
is, 22 electron pairs)

Thus, the four-digit coding system of bonding in B;oHy, is (4620). The 24 number
of atoms and 22 electron pairs calculated by Lipscomb’s rule in decaborane (14)
show the validity of this rule.

3.8.3 Calculation of total number of VEs and number of bonds in boranes without
making use of Lipscomb’s rule

Electron counting and orbital bookkeeping can easily be checked in above diagrams
of higher boranes taken as examples in describing the validity of Lipscomb’s rule. As
each boron (B) has four valence orbitals (s + 3p), there should be four lines coming
from each open circle (O) of boron (B). Likewise, as each B atom contributes three
electrons and each H atom contributes one electron, the total number of valence elec-
trons (VEs) for a borane of formula B, H,,, will be:

VEs=(3n+m)
And the number of bonds shown in the structure should be just half of this, that is,
Number of bonds = (3n+m)/2.
An approximate number of additional electrons should be added for anionic spe-

cies. This can be checked taking examples of some boranes as follows:

(i) Hexaborane (10): B¢H; o

[ ]
(4220)

Total number of VEs in BgH;o =6 x3 +10 x 1 =28 [VEs = (3n + m)]
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Hence,
Total number of bonds = 28/2 = 14 [Number of bonds = (3n + m)/2]

If we look over the structure of B¢H;o, we have
No. of 3c-2e B-H-Bbonds =4
No. of 3c-2e B-B-Bbonds =2
No.of 2c-2e B-Bbonds =2
No. of 2c-2e B-H bonds =6

Thus, the total number of bonds in B¢Hio=4+2+2+ 6=14. Hence, number of
bonds in the present case is equal to one we have already calculated using the for-
mula (3n + m)/2.

(ii) Decaborane (14): B,oH;,4

(4620)
Total number of VEs in B;oHy, =10 x 3 + 14 x 1 =44 [VEs = (3n + m)]

Total number of bonds =44/2 =22 [Number of bonds = (3n + m)/2]
An observation of the structure of B;gH;4, we have

No. of 3c-2e B-H-Bbonds =4

No. of 3c-2e B-B-Bbonds =6

No.of 2c-2eB-Bbonds =2

No.of 2c-2eB-Hbonds =10
Hence,

Total number of bonds =22

Thus, the number of bonds (22) in the present case is equal to one we have already
calculated using the formula (3n + m)/2.
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(iii) Pentaborane (11): BsHy;

(3203)
Total number of VEs in BsHy; =5x3 +11x1=26 [VEs = (3n + m)]
Total number of bonds =26/2 =12 [Number of bonds = (3n + m)/2]
An observation of the structure of B;oH;4, we have
No. of 3c-2e B-H-Bhonds =3
No. of 3c-2e B-B-B bonds =2
No.of2c-2eB-Bbonds =0
No.of2c-2e B-Hbonds =8
Hence,
Total number of bonds =13

Thus, the number of bonds (13) in in BsHy; is equal to one we have already calcu-
lated using the formula (3n + m)/2.

3.8.4 Limitations of Lipscomb’s topological scheme: Wade’s rules relating the
structures of boranes with their composition

The topological scheme has its limitations. For the symmetrical closo-boranes and
even for the large open cluster boranes, it becomes difficult if not impossible to write
simple, satisfactory structures of this sort. For BsHg, shown in Figure 3.24, the one
structure shown is

/// (4120)

o Figure 3.24: Structure of BsHg,
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incompatible with the high symmetry (C,,) of the molecule. In this case, which is
relatively simple, the difficulty is easily overcome by treating the structure shown
as only one of four equivalent ones that together form a resonance hybrids. With
increasing size and symmetry, however, this sort of approach becomes very cum-
bersome (because all canonical structures will not be equivalent) and it becomes
desirable to employ an MO description, consistent with the full molecular symmetry
and naturally incorporating delocalization.

Wade’s rules

By combining empirical facts with the results of MO calculations, Wade (1976) de-
rived a set of guidelines/rules for relating the structures of boranes with their com-
positions, which is also known as polyhedral skeleton electron pair theory. These
rules pertain to boranes of formula B,H,,*~, where m > n and x > O (that is, only neu-
tral or anions are considered).

MO calculations have shown that independent of the value of n, if m=n and
the structure is closo, x will have to be 2 in order that all bonding orbitals be filled
and all anti-bonding orbitals be empty. This means that there is (n + 1) pair of so
called framework electrons, that is, electrons in the central B, polyhedron. The
B¢H¢>™ (Figure 3.25) case may be taken to illustrate it.

e
o

T w

Figure 3.25: Structure of closo-BgH¢™.

Each B-H group supplies three atomic orbitals (one having been used to form the
B-H bond) and two electrons to the octahedral B¢ frame work, that is, a total of 12e
by six B-H groups in B¢H¢>". The atomic orbitals combine to generate seven bond-
ing MOs (not all of different energies since there are degeneracies) and eleven anti-
bonding MOs. To fill all seven of the bonding MOs one more pair of electrons (2e)
is required, hence the charge of —2. The MO diagram of closo-BgH¢>~ framework hav-
ing [12e + 2e] = 14e along with electron filling is shown in Figure 3.26.
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> 11 anti-bonding MOs
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Figure 3.26: MO diagram closo-B¢H¢>~ framework having 7 bonding and 11 anti-bonding MOs.
Adopted from Greenwood and Earnshaws (1984).

Since, the same general result is obtained for all closo-boranes, we have the
first of Wade’s rule:

Rule I:
For a B,H,)* species, the preferred structure is a closo one (an n vertex polyhedron)
with a preferred charge of 2—. There are then (n + 1) pairs of framework electrons.

Next we consider B,H,,~ species where m > n. There are a number of species where
m=n+4 and x=0, such as BsHyg and BgH;,. If we remove m-n protons from such a
structure, we shall have B,H,*". MO calculations suggest that such a species, which
has (n + 2) pair of framework (that is, non-B—H) electrons, will have as its most stable
structure the incomplete polyhedron obtained by removing one vertex from a polyhe-
dron with (n + 1) vertices. Thus, we have a nido structure. The second of Wade’s rules
states:

Rule II:
For a B,H,, ., borane, where there are (n + 2) pairs of framework electrons in the cor-
responding B,H,*" ion, a nido structure is preferred.

In a similar way, rules III and IV are derived, which state:

Rule III:

For a B,H,, species, based on a B,H,®™ anion, an arachno structure derived from an
(n + 2) vertex polyhedron is preferred. This requires (n + 3) pairs of framework bond-
ing electrons.
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Rule IV:

For a B,H,, species that derives from a B,.H,®~ anion, a hypho structure derived from
an (n + 3) vertex polyhedron is preferred, requiring (n + 4) pairs of framework bond-
ing electrons.

It is to be noted that these rules can be extended to isoelectronic anions, carbabor-
anes (BH=B™=C) and also to metalloboranes, metallocarbaboranes and even to metal
clusters, though they become less reliable the further one moves away from boron in
atomic size, ionization energy, electronegativity and so on

More sophisticated and refined calculations lead to orbital populations and electron
charge distribution within the boron molecules and to predictions concerning the
sites of electrophilic and nucleophilic attack. In general, the highest electron charge
density (and the preferred site of electrophilic attack) occurs at apical B atoms which
are furthest removed from open faces. Conversely, the lowest electron charge density
(and the preferred site of nucleophilic attack) occurs on B atoms involved in B-H-B
bonding. The consistency of this correlation implies that the electron distribution in
the activated complex formed during reaction must follow a similar sequence to that
in the ground state. Bridged H atoms tend to be more acidic than terminal H atoms
and are the ones first lost during the formation of anions in acid—base reactions.

3.9 Carbaboranes

Carboranes (or more correctly and less commonly called carbaboranes) are polyhe-
dral boranes that contain framework C atoms as well as B atoms (Figure 3.27).

5
BgH1o CBng

nido-hexaborane (10) 2-Carba-nido-hexaborane (9)

O =B; =C; e =H

Figure 3.27: 2-Carbahexaborane (9) derived from nido-hexaborane (10).
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Carbaboranes came onto the chemical scene in 1962-1963 when classified work
that had been done in the late 1950s was cleared for publication. The following
25 years have been a tremendous growing of activity, and few other areas of chem-
istry have undergone such enormous development during this period. Much of the
work has been carried out in USA and USSR, but significant contributions have also
come from Czechoslovakia and the UK.

Carbaboranes and their related derivatives, the metallocarbaboranes, are now
seen to occupy a strategic position in chemistry of the elements since they overlap
and give coherence/consistency to several other large areas including the chemistry
of polyhedral boranes, transition metal complexes, metal-cluster compounds and
organometallicchemistry.

The field of carboranes has become so vast that it is only possible to give a few
illustrative examples of the many thousands of known compounds, and to indicate
the general structural unit a number of carbon and boron atoms arranged on the
vertices of triangulated ordinary substances.

3.9.1 Structures of carbaboranes

The structures of carbaboranes are closely related to those of the isoelectronic bor-
anes (BH=B"=C; BH,=BH =CH). This can be clearly seen from the carbaboranes
derived from boranes.

For example, nido-hexaborane(10) [nido-B¢H;0] provides the basic structures
for the 4-carbaboranes obtained from each successive replacement of a basal B
atom by C being compensated by the removal of one H, (bridging hydrogen). These
four carbaboranes are: CBsHy, C,B,Hg, C5BsH; and C,B,Hg, the structures of which
are shown in Figure 3.28.

3.9.2 General formula of carbaboranes

Carbaboranes have the general formula [(CH),(BH),H,]¢~ with a CH units and m BH
units at the polyhedral vertices, plus b ‘extra’ H atoms which are either bridging (H,)
or endo (i.e. tangential to surface of the polyhedron as distinct from the axial H;
atoms specified in the CH and BH groups; Hengo Occur in BH, groups which are thus
more precisely specified as BHHepqo)-

It follows from the general formula that the number of electrons available for
skeletal bonding is 3e for each CH unit, 2e from each BH unit, 1e from each H, or
Hendo and ce from the anionic charge.

Hence,

Total number of skeleton bonding electron pairs =%2(3a+2m+b+c)=3/2a+m+
1/2b+1/2c=a+1/2a+m+1/2b+1/2c=(a+m)+1/2(@a+b+c)=n+1/2(@+b+c)
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4 4 6 S 4
3 5
CBsH,y C,B Hg
nido-hexaborane (10) 2-Carba-nido-hexaborane (9) 2,3-Dicarba-nido-hexaborane (8)

Ni "4/
S \

4
C;B;H; C,B,Hg
2,3,4-Tricarba-nido-hexaborane (7) 2,3,4,5-Tetracarba-nido-hexaborane (6)

O=B;®=C; e =H

Figure 3.28: Four carbaboranes derived from nido-hexaborane(10) by successive replacement of a
basal B atom by C.

Here, n = (a + m) is the number of occupied vertices of the polyhedron.

Based on the above skeleton bonding electron pair equation, the number of
electron pairs of skeleton bonding electrons in different classes of carbaboranes
can be worked out as follows:

(a) Closo-carbaborane structures have (n + 1) pairs of skeleton bonding electrons,
thatis, (a+b+c)=2

(b) Nido-carbaborane structures have (n +2) pairs of skeleton bonding electrons,
thatis, (a+b+c)=4

(c) Arachno-carbaborane structures have (n+3) pairs of skeleton bonding elec-
trons, thatis, (a+b+c)=6

Let us again consider the general formula [(CH),(BH),,, H,]*™ of carbaboranes.
If a=0 in the above formula (in case of no carbon atoms), the compound is a
borane or borane anion rather than a carbaborane.
If b =0, there are no H, or Hepqo, this is the case of all closo-carbaboranes.
If ¢ = 0, the compound is a neutral carbaborane molecule rather than an anion.
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3.9.3 Nomenclature of carbaboranes

Nomenclature of carbaboranes follows the well-established oxa-aza convention of
organic chemistry. Numbering starts with the apex atom of lowest coordination and
successive rings or belts of polyhedral vertex atoms are numbered in a clockwise
direction with C atoms being given the lowest possible numbers.

3.9.4 Synthesis of carbaboranes

Closo-carbaboranes are most numerous and most stable of carbaboranes. They are
readily prepared from an alkyne and a borane by pyrolysis or by reaction in a silent
electric discharge. This rout, which normally gives mixture of closo-carbaboranes
(Figure 3.29), is particularly useful for small closo-carbaboranes (n=5-7) and for
intermediate closo-carbaboranes (n = 8—11). For example,

®-C
Nido-BsHy O B Closo-1,5-C,B3Hs
1
|
2
/.
2
3 e 3
Closo-1,6-C,B4Hg Closo-2,4-C,BsH,

Figure 3.29: Different closo-dicarbaboranes derived from pyrolysis of nido-BsHo.
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C
(i) nido-BsHo 2—Hz> closo-1,5-C,BsHs + closo-1, 6-C,B,Hg + closo-2, 4-C,BsH;
500-600

Under milder conditions, provide a route to nido-carbaboranes (Figure 3.30). For
example,

CH
nidO'Bng 2—j> nid0'2,3'C2B4Hg
200

Figure 3.30: Nido-2,3-C,B,Hg derived from nido-BsHo,

(ii) Pyrolysis of nido- or arachno-carbaboranes or their reactions in a silent electric
discharge leads to closo-species either by loss of H, or disproportionation:

CByHp 4 — CByHy 2 +H
2C;BnHp 4 — CBn-1Hn 1+ CBn1Hn 3+ 2H,

For example,

(a) Pyrolysis of nido-2,3-C,B,Hg gives the 3 closo-species 1,5-C,BsHs, 1,6-C,B,Hg and
2,4-C,BsH;, whereas under the milder conditions of photolytic closure, the less-
stable isomer closo-1,2-C,B,Hg is obtained.

(b) Pyrolysis of alkyl boranes at 500—-600 °C is a related route which is particularly
useful to monocarboranes (Figure 3.31) though the yields are often poor; for
example,

1,2 Me,-nido-BsH5 2007600 £ closo-1,5-C,BsH;s + closo-1-CBsHy + nido-2-CBsHg +

3-Me-nido-2-CBsHg
(iii) Cluster expansion reactions with diborane provide an alternative route to inter-
mediate closo-borane; for example,
closo-1,7-C,B¢Hg +1/,B,Hg — closo-1, 6-C,B;Hg + H,
closo-1, 6-C,B;Hy +1/,B,Hg — closo-1, 6-C,BgHyg + H»
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1,2-Me,-nido-BsH,

nido-2-CBsHg 3-Me-nido-2-CBsHg

Figure 3.31: Structures of somemonocarboranes derived from pyrolysis of 1,2 Me;-nido-BsH;.

(iv) Cluster degradation reactions lead to more open structures; for example,

Base hydolsis _
closo-1,6-C,BgH;g ————— arachno-1,3-C,B;H;,~ + B(OH);

OH~ + 2H,0
Chromic acid oxide

nido-l, 7-C2B9H12 -
+ 6H,0, —6e~

arachno-1,3-C,B;Hy3 + 2B(OH); + 5H*

Closo-carbaboranes are most numerous and most stable of carbaboranes. They are
colourless volatile liquids or solids (depending on molecular weights). Most closo-
boranes are stable to at least 400 °C though they may undergo to rearrangement to
more stable isomers in which the distance between carbon atoms is increased.

In general, nido- and arachno-carbaborane are less stable thermally than that
of th