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CHEMICAL BONDING

I lesson 1 you have learnt about the structure of atom whilein thelesson 2 you studied

about the classification of elements and the variation in atomic properties. You know that
mol ecul es are obtained by the combination of two or more than two atoms of the same or
different elements. In thislesson you will study

e  Why do atoms combine?
e  What are the different ways in which the atoms can combine?, and
e What are the shapes of different molecules?

The answers to these questions are of fundamental importance to the study of
chemistry, asyou would discover while studying the later parts of this course.

), Objectives

After reading thislesson you will beableto

e explaintheformation of bond interms of potential energy diagram and octet rule;
e listdifferent typesof bonds;

e defineionic bond and cite some examples;

e write Lewisstructures of some simple molecules;

e llIstthecharacteristics of ionic compounds;

e define covaent bond and cite some examples;

e listthecharacteristicsof covalent compounds;

e  statevalence shell electron pair repulsion (V SEPR) theory;

e predict the geometry of moleculeswith the help of VSEPR theory;

e explainthehybridisation of atomic orbitalsinvolving s, pand d orbitalsand
illustrate with examples;
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e tabulate the geometry of some molecules showing sp, sp?, sp®, dsp?, and dsp?
hybridisation;

e explain the formation of ¢ and = bondsin CH,, C,H, and C,H, ;

e explanmolecular orbital theory;

e writethemolecular orbital configuration of H,, N,, O,and F, molecules;
e  define bond length and bond order and relate them and

e  explain hydrogen bonding with the help of examples.

5.1 What is a Chemical Bond

When two atoms of same or different elements approach each other, the energy of the
combination of the atoms becomes | ess than the sum of the energies of the two separate
atoms at alarge distance. We say that the two atoms have combined or abond isformed
between the two. The bond is called a chemical bond. Thus a chemical bond may be
visualised as an effect that leads to the decrease in the energy. The combination of
atoms|eadsto the formation of amolecul e that has distinct properties different from that
of the constituent atoms.

A question arises, “ How do atoms achieve the decrease in energy to form the bond”. The
answer liesin the electronic configuration. Asyou are aware, the noble gases do not react
with other elementsto form compounds. Thisisdueto their stable electronic configuration
with eight electrons (two in case of helium) in their outermost shells. The formation of a
bond between two atoms may be visualised in terms of their acquiring stable electronic
configurations. That iswhen two atoms (other than that of noble gases) combine they will
do so in such away that they attain an electronic configuration of the nearest noble gas.

The stable electronic configuration of the noble gases can be achieved in a number of
ways, by losing, gaining or sharing of electrons. Accordingly, there are different types of
chemical bonds, like,

° lonic or electrovalent bond
° Covdent bond
° Co-ordinate coval ent bond

In addition to these we have aspecial kind of bond called hydrogen bond. Let us discuss
about different types of bonds, their formation and the properties of the compounds so
formed.

5.2 lonic or Electovalent Bond

According to Kossel’s theory, in the process of formation of ionic bond the atoms acquire
the noble gas electronic configuration by the gain or loss of electrons. Let us consider the
formation of NaCl in terms of Kossel’s Theory.

The electronic configuration of sodium atom (atomic number 11) is2,8,1. Sinceitishighly
electropositive, it readily loses an el ectron to attai n the stable configuration of the nearest
noble gas (neon) atom. It becomes a positively charged sodium cation (Na*) in the process
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Na_— 5 Na" + e ; AH =493.8 kJmol™
281 28 (DH is enthalpy change)

Onthe other hand, achlorine atom (el ectronic configuration: 2,8,7) requires one el ectron to
acquirethe stable el ectronic arrangement of an argon atom. It becomes anegatively charged
chloride anion (CI-) in the process.

Cl + e 5 Cl; AH =-379.5 kJ mol™
287 288

According to Kossel’s theory, thereisatransfer of one electron from sodium atom to
chlorine atom and both the atoms attain nobl e gas configuration.

Na+ C — 5 Na +
2,81 28,7 2,8 28,8

The positively charged sodiumion and the negatively charged chlorideion are held together
by electrostatic attractions. The bond so formed is called an electrovalent or an ionic
bond. Thus the ionic bond can be visualised as the electrostatic force of attraction
that holds the cation and anion together. The compounds so formed are termed asionic
or el ectrovalent compounds.

5.2.1 Energetics of 1onic Compound Formation

We have just described the formation of an ionic compound (NaCl) asaresult of transfer
of electrons asproposed by Kossel. You may raise aquestion here that when more ener gy
isrequired (ionisation energy) to form asodiumion from sodium atom, than that r eleased
(electron affinity) intheformation of chlorideion from chlorine atom then how do we say
that the formation of NaCl isaccompanied by adecreasein energy? Your questionisquite
justified but let us assure you that there is no anomaly. Let us look at the whole process
somewhat closely to clarify your doubts.

The formation of NaCl from sodium and chlorine can be broken down into a number of
stepsas:

a)  Sublimation of solid sodium to gaseous sodium atoms.
Na(s) — 5 Na(g) ; AH =108.7 kI mol™

b) lonization of gaseous sodium atom to give sodiumion.

Na(g) — Na'(g) + €; AH =493.8 kJ mol™

c) Dissociation of gaseous chlorine moleculeinto chlorine atoms

1
LG9 — €l ; AH =-120.9 kJ mol™

d) Conversion of gaseous chlorine atom to chlorideion (addition of electron)

Cl(g) + &€ —— ClI(9); AH =-379.5 kJ mol™
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Na'(g) + Cl(g) —— Na'Cl (s); AH =-754.8 kJ mol™
The energy released in this step is lattice energy.

The net reaction would be

1 -
Na(s) + Cl(9 —— Na'Cl'(s); AH=-4109kJ mol™

Theoverall energy change can be computed by taking the sum of all the energy changes:
AH = (180.7 +493.8 + 120.9 — 379.5 - 754.8 ) = - 410.9 kJ mol

Thus we see that the net process of formation of NaCl from sodium and chlorine is
accompanied by alarge decrease in the energy. The approach we have just followed is
based on the law of conservation of energy and is known as Born-Haber cycle.

Of thefive different typesof energiesinvolved, two (sublimation and dissociation energies)
are generally have low values than the rest. Therefore, the three energy terms i.e.,
ionization energy, electron affinity and lattice energy are important in determining the
formation of an ionic compound. On the basis of the above discussion we can say that
the formation of anionic compound isfavoured by

i.  Low ionisation energy of the metal,

ii. Highelectron affinity of the other element (non-metal), and

ii. Highlatticeenergy

5.2.2 Characteristic Properties of 1onic Compounds

e Theseexist ascrystalline solids in which the ions are arranged in aregular three
dimensional structure. Theionic compoundsare generally hard and brittlein nature.

o  These compounds have high melting and boiling points due to strong electrostatic
interactions between theions.

e  These are generaly soluble in water and less soluble in hon-polar solvents like
ether, alcohoal, etc.

e  Theseconduct el ectricity whenin molten state or in agueous solutions.

Kossel’s theory explains bonding quite well but only for a small class of solids composed
of electropositive elements of Group 1 and 2 with highly electronegative elements.
Secondly, thistheory isincapable of explaining the formation of compoundslike, SO, or
O,, etc. For examplein case of O,, thereis no reason to expect that one atom of oxygen
would lose two electrons while the other accepts them. The problem was solved by
Lewistheory of covalent bonding.

5.3 Covalent Bond

LikeKossel, Lewisalso assumed that atoms attain noble gas el ectronic configurationin
the process of bond formation. However, the way the noble gas el ectronic configuration
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is achieved, is different. Lewis proposed that this is achieved by “sharing of a pair of
electrons” between the two atoms. Both the atoms contribute an electron each to this pair.
For example, two hydrogen atoms form a molecule by sharing a pair of electrons. If
electrons are indicated as dots, formation of hydrogen molecule can be shown as

H. + H—>H:H—>H—H

Thisshared pair of el ectrons contributestowards the stability of both theatomsandissaid
to be responsible for ‘bonding’ between the two atoms. Such a bond is called covalent
bond and the compounds so obtained are called covalent compounds. In the process of
suggesting the process of chemical bonding Lewis provided a very convenient way of
representing bonding in simple molecules. Thisiscalled L ewiselectron-dot structures
or simply Lewis structures.

In Lewis structure each element isrepresented by a L ewis symbol. This symbol consists
of thenormal chemical symbol of the e ement surrounded by number of dots representing
the electrons in the valence shell. Since the electrons are represented by dots, these are
called electron-dot structures. The Lewis symbols of some elements are as:

Li;-Be-;«:B.; -C.;:N": 0" I F . INe:

You may note here that while writing the Lewis symbols, single dotsare placed first on
each side of the chemical symbol then they are paired up. The Lewis structure of a
moleculeiswritten in terms of these symbols

In terms of Lewis symbols theionic bond formation in NaCl can be represented as

o i BT

and the covalent bond formation in HCI isrepresented as

H. + '.F.: —> H:!F:
Sometimesthed ec.tr.ons contributed by different atomsare represented by different symbols.
For example, formation of HF may also be shown as

He + *E: —>= H.F:

In this case the hydrogen electron is shown as a cross while the electrons of fluorine are
represented by dots. Thereis no difference between electrons; it isjust apresentation for
the sake of convenience.

Interms of L ewisstructuresthe formation of achlorine mol eculefrom two chlorine atoms
may be represented as

¢+ Cc: —>= lc‘c; —>= C—C!
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Here each chlorine atom with seven valence el ectrons, contributes one electron to the
shared pair. Inthe process of bond formation both the chlorine atoms acquire the el ectronic
configuration of argon. In the same way, the formation of oxygen molecule involves
sharing of two pairs of electrons between the two oxygen atoms. In this case both the
atoms contribute two el ectrons each and acquire eight electrons or an octet in their valence
shell.

0 4 "0 —— > O..0 —/8= 0=—0

You may have noticed that in the process of bond formation, the elements of second
period acquire eight electrons in their valence shell. This is called ‘ Octet rule’. You may
also notethat in case of H, and Cl, the atoms are linked by asingle line whilein case of
O, the atoms are linked by two lines. These lines represent bonds. When two atoms are
bound by sharing asingle pair of electron, they are said to bejoined by asingle bond. And
when, two pairs of electrons are shared (asin case of O, ), the two atoms are said to be
bound by adouble bond. In nitrogen ( N,) thetwo atomsarejoined by atriple bond asthey
share three pairs of electrons.

In a Lewis representation the electrons shown to be involved in the bond formation are
called bonding electrons; the pair of electrons is called ‘bond pair’ and the pairs of
electrons not involved in the bonding process are called “lone pairs’. The nature of the
electron pair plays an important role in determining the shapes of the molecules. This
aspect isdiscussed later in Section 5.4.

5.3.1 Polar Covalent Bond

In achemical bond the shared electron pair is attracted by the nuclei of both the atoms.
When we write the electron dot formulafor a given molecul e this shared el ectron pair is
generally shown in the middle of the two atoms indicating that the two atoms attract it
equally. However, actually different kinds of atoms exert different degrees of attraction
on the shared pair of electrons. A more electronegative atom has greater attraction for
the shared pair of electronsin amolecule. Asaconsequence in most casesthe sharingis
not equal and the shared electron pair lies more towards the atom with a higher
electronegativity. For example, in HCI, the shared pair of €l ectron isattracted moretowards
more electronegative chlorine atom. As a result of this unequal sharing of the electron
pair , the bond acquires polarity or partia ionic character.

H :dC: H>— CI*

In an extreme case, the difference in the el ectronegativity may be so high that the electron
pair is practically under theinfluence of asingleatom. In other words the polarization of
thebondiscompletei.e., we have acase of ionic bonding. Thus, though the L ewistheory
talks about covalent bonding it can account for the formation of ionic compounds al so.

5.3.2 Coordinate Covalent Bond

You have learnt that in the formation of a covalent bond between the atoms, each atom
contributes one electron to the shared electron pair, However, in some cases both the
electrons of the shared pair are contributed by only one species (atom, moleculeor ion) A
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common exampleistheformation of abond between boron trifluoride (BF,) and ammonia
(NH,). BF, is an electron deficient molecule and can accept a pair of electrons. The
molecule of anmoniaon the other hand is electron rich. It has alone pair of electron on
the nitrogen atom and that can be donated. Electron rich ammonia donates a pair of
electronto electron deficient BF, Such el ectron donor-acceptor bonds are called coor dinate
covalent or dative bonds.

A coordinate bondisnormally represented by an arrow pointing from adonor atomto the
acceptor atom. A coordinate bond isidentical to a covalent bond in terms of its polarity
and strength. Thetwo aredifferent only in theway they are formed. We cannot distinguish
between covalent and coordinate covalent bond, once these are formed. HNO, and NH,*
ion are some more common exampl es of formation of a coordinate bond.

+
H
(@)
| . N/
H— N—=H H—O—
| N\
H 0

FaY
..F'.« Intext Question 5.1

1. Defineelectrovalent bond.

2. Show the formation of a nitrogen molecule from two nitrogen atoms in terms of
Lewistheory.

5.3.3 Characteristic properties of Covalent Compounds

e  Thecovaent compounds havelow melting and boiling points dueto weak forces of
interaction between the molecul es.

e  Thecovaent compoundsarepoor conductorsof electricity astheselack ionic species.

e  Thecovaent compounds are generally insolublein water and dissolve in honpolar
solventslike benzene, carbon tetrachloride etc.
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5.3.4 Hydrogen Bonding

It is a special type of attraction between a hydrogen atom bonded to a strongly
electronegative atom (like nitrogen, oxygen or fluorine) and the unshared pair of electrons
on another electronegative atom. Hydrogen bond is aweak bond, the strength being just
about 4-25 kdmol. It isquite small as compared to the covalent bond, which needsafew
hundreds of kJ mol~ of energy to break. However, it is strong enough to be responsible
for the high boiling points of H,O and HF etc. Infact itisdueto hydrogen bonding only
that water exists as aliquid. The low density of ice also can be explained in terms of
hydrogen bonding.

~,H
H H--- O
/
o SECRRERE H—O \
/
H
H— .
|
H

Dueto the differencein theelectronegativity between hydrogen and the other € ectronegative
atom, the bond connecting them becomes polar. The hydrogen atom acquires a positive
chargewhilethe el ectronegative atom bears the negative charge. Hydrogen bonding results
from the el ectrostatic interaction between the positively charged hydrogen atom and the
negatively charged el ectronegative atom. The second el ectronegative atom may be a part
of the same molecule or it may belong to adifferent molecule. Accordingly, thereare two
typesof hydrogen bonds. If the hydrogen bond isformed between two different molecules
itiscalled intermolecular hydrogen bond. When the hydrogen bond exists within the
same molecule, it is called intramolecular hydrogen bonding. Salicyldehyde ad
o-nitrophenol are two common exampl es of the mol ecul es showing intramolecular hydrogen
bonding whereasin water, intermol ecul ar hydrogen bonding exists.

H-. H-
- =~ /
O 0O 0
7 I
N
A C
X o SH
o-nitrophenol Salicyldehyde

Hydrogen bonding plays animportant rolein the structure and function of many biomolecules
like proteins and nucleic acids.

5.4 Valence Shell Electron Pair Repulsion (VSEPR) Theory

In amolecul ethe constituent atoms have definite positionsrel ative to one another i.e., the
mol ecul es have adefinite shape. The theories of bonding that we have discussed so far do
not say anything about the shape of the molecules. A simpletheory called V SEPR theory
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was put forth by Sidgwick and Powell in 1940 to explain the shapes of molecules. It was
later refined and extended by Nyholm and Gillespie in1957. This theory focuses on the
electron pairs present in the valence shell of the central atom of the molecule and can be
stated in terms of two postul ates:

POSTULATE 1

The electron pairs (both bonding and non-bonding) around the central atom in a
molecule arrange themselves in space in such a way that they minimize their
mutual repulsion. In other words, the chemical bondsinthemoleculewill beenergetically
most stable when they are as far apart from each other as possible. Let us take up some
examples.

BeCl, isoneof thesimpletriatomic molecules. Inthismolecule, thecentral aom, beryllium
has an electronic configuration of 1s? 2s? . That is it has two electrons in its valence
shell. In the process of covalent bond formation with two chlorine atoms two more
electrons are contributed ( one by each chlorine atom ) to the valence shell. Thus there
are atotal of 4 valence electrons or two pairs of valence electrons. According to the
postulate given above, these electron pairs would try to keep as far away as possible. It
makes the two electron pairsto be at an angle of 180° which gives the molecule alinear
shape.

180°
[1 cl— Be—cl
Cl Be Cl linear molecule
Other molecules of this type would also have a similar shape.

BF,: In borontrifluoride, the central atom, boron has an electronic configuration of 1s?
22 2pt. That is, it hasthree electronsinits valence shell. In the process of covalent bond
formation with three fluorine atoms three more electrons are contributed (one by each
fluorineatom) tothevalence shell. Thusthere are atotal of 6 valenceelectronsor three
pairsof valence electrons. According to the V SEPR postul ate, these el ectron pairswould
try to keep asfar apart as possible. It makesthe three electron pairsto belocated at an
angle of 120° which givesthe molecule aplanar trigonal shape.

F F
Planar trigonal shape

Thusdifferent moleculeswould have different shapes depending on the number of valence
shell electronsinvolved. The geometric shapes associ ated with various numbers of electron
pairs surrounding the central atom are givenin Table5.1.




NODULE -2

Tableb5.1: Geometric arrangementsof electron pairsaround central atom. Atomic Sructureand
Molecule Number of Predicted Representative Examples Chemical Bonding
Type electronpairs  geometry structure

. 180°
AX, 2 Linear » HgCl,, BeH,

AX, 3 Planer BF., BCI,
trigonal
AX, 4 Tetrahedral % CcCl,,CH,, SCI,

PCI,, PF

5’ 5

AX 5 Trigona
bipyramidal

AX, 6 Octahedral éx SF,, PF,-
‘ <%
)

POSTULATE 2

Therepulsion of alone pair of electronsfor another lone pair is greater than that
between a bond pair and a lone pair which in turn is greater than that between
two bond pairs The order of repulsive force between different possibilitiesis as under.

lone pair - lone pair > lone pair - bond pair > bond pair - bond pair

The shapes of the molecules given in Table 5.1. correspond to the molecul es containing
only bond pair electrons. The shapes of molecul es contai ning acombination of lone pairs
and bond pairs would be distorted from the above mentioned shapes.

Let ustake an exampleof three molecules namely, methane, ammoniaand water. All the
three contain atotal of 4 electron pairs around their central atom. But the nature of these
isdifferent in the three cases. In methane molecul e the central carbon atom has4 valence
electrons and it shares 4 electrons with four hydrogen atoms. So there are a total of 4
bond pairs and according to Table 5.1 it should have a tetrahedral shape. In case of
ammoniaalso therearefour pairs of electronsbut their natureisdifferent. Three of these
arebond pairswhileoneisalonepair. Similarly, in case of water again there arefour pairs
of electrons ; two are bond pairs while two are lone pairs. Due to the differencesin the
mutual repul sion between bond pair - bond pair and lone pair - bond pair the molecular
shape would be dlightly distorted from the expected tetrahedral shape. The number and
nature of electron pairs and the geometries of these three molecules are given in
Table5.2.
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Dy

N

Notes

Table5.2: Molecular geometriesof moleculeswith 4 electron pairs
with different combinationsof lonepair sand bond pairs.

Molecule Number of Number of  Molecular M olecular Bond angle
bondpairs lonepairs  geometry Shape (in degrees)
H
|
CH, 4 0 tetrahedral ’ ACYH 105
H
H
|
NH, 3 1 trigonal pyramidal N H 107
H™ M
H
|
H,0 2 2 angular or bent o O\u 1045

We have so far learnt that a chemical bond formation between two atoms can occur by
transfer (ionic bonding ) or sharing ( covalent bonding) of electrons. The processes of
bond formation and the bonding in simple molecul es can be conveniently represented in
terms of electron — dot structures. Further, the VSEPR theory provides a good idea of the
shapes of the molecules. But! have you noticed that we have been representing electrons
aswell defined dotsi.e., localized particles. Thisisin contradiction with the probabilistic
(orbital) representation of the electron that you havelearnt inlesson 3. Let uslearn how do
we explain the process of bond formation in terms of modern theoriesthat incorporate the
wave mechanical representation of atom.

F .
ke‘; Intext Question 5.2

1. What are the basic postul ates of VSEPR theory?

5.5 Modern Theories of Chemical Bonding

The theories of chemical bonding proposed (in 1916) by Kossel and Lewisare called as
classical theories of bonding. These do not take into account the wave mechanical or
quantum mechanical principles. After the devel opment of quantum mechanical description
of atomic structure two more theories were proposed to explain the bonding between
atoms. These are called modern theories of chemical bonding. These are Valence Bond
Theory (VBT) and Molecular Orbital Theory (MOT). Let us discuss these theoriesin
brief.
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5.5.1 Valence Bond Theory

Va ence bond theory was proposed by Heitler and London in 1927, to describe theformation
of hydrogen moleculefromitsatoms. Linus Pauling and othersfurther devel oped it. Inthis
approach the process of chemical bond formation can be visualised as the overlapping of
atomic orbitals of the two atoms as they approach each other. The strength of the bond
depends on the effectiveness or extent of the overlapping. Greater the overlapping of the
orbitals, stronger is the bond formed. Let us take the example of bonding in hydrogen
molecul e to understand the VB approach.

Suppose that the two hydrogen atoms are at infinite distance from each other. Their
electronsareintheir respective 1sorbitalsand are under theinfluence of the corresponding
nuclei. Asthe two atoms approach each other their 1sorbitals beginto overlap whichlead
to decrease in energy, Fig.5.1. At adistance equal to the bond length the overlapping is
maximum and the energy is minimum. The overlapping can be equated to the sharing of
electrons between the atoms. The electrons occupying the shared region of orbitals are
under the influence of both the nuclei.

T DiLance between the hydrogen nuclei—>
Y

o)

: o
<

i}

o

2

c

e '-.;.:i‘.,
Bond Length

Fig. 5.1 : Formation of hydrogen molecule from overlapping of two hydrogen atoms

Thissimple approach can be used to explain the bonding in simple diatomic moleculeslike
HF,F, etc.. However, to explain bonding in molecules containing more than two atoms
some additional conceptslike excitation and hybridisation need to be used.

5.5.1.1 Hybridisation

Let us take up the example of bonding in a triatomic molecule; say beryllium hydride
(BeH,) to understand the concept of hybridisation of orbitals and the need for the same.
The atomic number of beryllium is 4. Its electronic configuration is 1s? 2s% In order to
form bonds with two hydrogen atoms the valence electrons (2s?) of beryllium atom must
overlap with the 1s electrons of the two hydrogen atoms. Since the valence shell of
beryllium atom contains both the electronsin the same orbital (i.e., 2s) it cannot overlap
with the 1s orbital of hydrogen atoms containing one el ectron.[ You know that an orbital
can contain amaximum of two el ectronswith opposite spin]. Pauling got over this problem
by suggesting that in the process of bond formation an electron from the 2s orbital of
beryllium atom gets momentarily excited to the empty 2p orbital as shown below.

Excitation
oot on TT temmer *
1s 2s 2p 1s 2s 2p
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Now the two valenceelectronsarein two singly occupied orbital swhich can overlap with
the 1s orbitals of the two hydrogen atoms and form two bonds. The problem is still not
over. The two bonds formed by these overlapswould be of different nature. One of these
would involve overlapping of 2sorbital of berylliumwith 1sorbital of hydrogen whilethe
other would involve overlapping of 2p orbital of beryllium with 1s orbital of hydrogen.
However, experimentally the two bonds are found to be equivalent.

This problem is solved with the help of a concept called hybridisation of orbitals.
According to thistwo or more than two non equivalent orbitals (having different energies
and shapes) of comparable energiesmix or hybridize and give riseto an equal number of
equivalent ( same energies and shapes) hybrid orbitals.

In case of BeCl, the two singly occupied orbitals (2s and 2p) hybridize to give two sp-
hybrid orbitals. Thisis called sp- hybridisation. These hybrid orbitals lie along the z-
direction and point in oppositedirections.

i Hybridization  Beryllium At
Beryllium Atom . eryllium Atom
( Excited state) N ¢ T —> (Hybridized) N T T
1s 2s 2p 1s P 2p
hybridized
orbitals

These hybrid orbitals can now overlap

with the 1sorbital s of hydrogen atoms

to givethelinear molecule of BeCl, as

shown below, Fig. 5.2.. Bo °°
Linear

The concept of hybridisation as

illustrated above can be used to
describe the bonding and shapes of

different molecules by considering } \.a
hybridisation of suitable orbitals. Let us 94. (|-

take up some more cases involving

hybridisation of sand p orbitals. Fig. 5.2 : Formation of BeCl, ; sp hybridisation

Boron trichloride (sp? hybridisation) : In boron there are five electrons and the
electronic configuration is 1s?, 2s,2p*. There are three electrons in the valence shell of
boron atom. In order to form bonds with three chlorine atoms one of the electrons from
the 2sorbital of boron atomisexcited toits2p orbital.

/—\{ Excitati
Baron Atom | A dtaton
1s 2s

Boron Atom ar
1s 2s 2p

One 2sorbital and two 2p orbitals hybridise to give three sp? hybridized orbitals. Thisis
called sp? - hybridisation.
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hybridized
orbitals

Thethree hybridized orbital sare coplanar and directed towardsthe cornersof an equilateral
... ... hybrid orbitals then form bonds with the p —orbitals of chlorine atoms as
shown below, fig. 5.3.

P
Planar
Three sp’ hybrid orbitals
Fig. 5.3 : Formation of BCl, ; sp* hybridisation.

Bondingin Methane (sp® hybridisation) : In case of methane the central atom, carbon,
has an electronic configuration of 1s?, 2s?,2p?. In order to form bondswith four hydrogen
atoms one of the electrons from the 2s orbital of carbon atom is excited to the 2p orbital.

camn o, ] (] [1TH] ] erciwion . cavonveon, (8] [F] [ATH]
1s 2s 1s 2s

2p 2p

One 2s orbital and three 2p orbitals of the carbon atom then hybridize to give four sp®
hybridized orbitals. Thisiscalled sp3- hybridisation.

‘ . .
cavonsen [ ] [T4]Y] =i _ cavonron 5] [FTFTHT
1s 2s

2p 1s

Sp?
Hybridised

These four sp*hybrid orbitals are directed towards the corners of aregular tetrahedron.
These hybrid orbitals then form bonds with the 1s orbitals of hydrogen atoms to give a
methane mol ecul e as shown below, Fig. 5.4.
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St px * py+ pz

CH,

Fig.5.4: Formation of CH, ; sp* hybridisation.
Phosphorus pentachloride (sp®d hybridisation):

P (ground state) A

P (excited state) 111117111

sp3d hybridisation

Five sp*d hybrid orbital s are formed which are directed towards the corners of atrigonal
bipyramidal (Fig. 5.5a). These orbitalsoverlapwith singly filled p-orbitals of fivechlorine
atomsand five s bondsareformed. Thus PCI, molecule hasatrigonal bipyramidal geometry.
Three P-Cl bonds (equatorial) make an angle of 120° with each other and lie in one plane.
The other two P—CI bonds (axial) are at 90° to the equatorial plane, one lying above and
the other lying below the plane.

SF, (sp*d? hybridisation):

P (ground state) /H/ /I 4

P (excited state) A A A

sp3d? hybridisation
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Six spid? hybrid orbitals are formed which are directed towards the corners of aregular § Atomic Sructureand
octahedron. These orbitals overlap with singly filled orbitals of six F atoms and form ¢ § Chemical Bonding
bonds giving aregular octahedral geometry (Fig. 5.5 b)

. \
F F

Cl cl S

Notes

Cl

F
Fig. 5.5 (a) : Trigonal bipyramidal geometry  Fig. 5.5 (b) : Octahedral geometry of Sk
of PCI5 molecule. molecule

5.5.1.2 Hybridisation and Multiple Bonds

So far we have discussed the bonding in those moleculesin which the orbitalson asingle
central atom are hybridized. Let us see how does the concept of hybridisation help usin
understanding bonding between pairs of such atoms. In the case of bonding in ethane
(C,H,), two carbon atoms are bonded to each other and each carbon atom is bonded to
three hydrogen atoms. You would recall that in the case of methanethe valence orbital s of
carbon atom undergo sp® hybridisation. In ethane each carbon atom undergoes sp®
hybridisation to give four sp® hybridized orbitals. The two carbon atoms form a carbon —
carbon bond by sp® - sp®overlapping. Theremaining six sp* hybridized orbitals overlap
with 1s orbitals of hydrogen atoms to give a molecule of ethane, C,H as shown in fig.
5.6. The C-C bond so formed is along the internuclear axis. Such abond is called a o
bond.

Fig. 5.6 : Formation of ethane molecule

Bonding in ethene: In case of ethene, the relevant orbitals of the carbon atoms undergo
sp?hybridisation. Here, only two of thethree p orbitals of the carbon atoms hybridize with
the 2s orbital to form three sp? hybrid orbitals each. The remaining p-orbitals (one on
each carbon atom) do not take part in hybridisation. A carbon — carbon bond is formed by
overlapping of sp? orbital on the two carbon atoms[Fig 5.7(a)]. The remaining four sp?
hybridized orbitalsoverlapwith the 1sorbitalsof hydrogen atomsto givethe basic skeleton
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Atomic Sructureand || of themolecule. Thisleavesan un-hybridized p orbital each onboth the carbon atomgFig

Chemical Bonding | 5-7(b)]. These are perpendicular to the molecular plane and undergo sideways overlap to
give an electron cloud in the plane above and below the molecule[Fig 5.7(b and ¢)]. This
iscalled an- bond. In ethene there are two bonds between the carbon atoms ( one sigma
and one pi bond).

(d) (e)
Fig. 5.7 : Formation of ethylene molecule: a) formation of the basic skeleton of the molecule

b) sideways overlapping of the un-hybridized p orbitals and c) a p- bond (d) and (€) complete
picture of ethylene molecule.

Bonding in ethyne ( acetylene): In case of acetylene the bonding can be explained in
termsof sp-hybridisation in carbon atoms. One 2sand one 2p orbitalshybridizeto givetwo
sp-hybridized orbitals. Thisleavestwo mutually perpendicular unhybridisedp orbitalseach
on both the carbon atoms. The carbon — carbon bond is formed by sp - sp overlapping with
each other. Theremaining sp orbital on each carbon overlapswith the 1sorbital of hydrogen
to give C-H bonds (Fig. 5.8). The unhybridised p orbital each on both the carbon atoms
overlap sideways to give two n-bonds.

(a) (b)

Fig. 5.8 : Formation of acetylene molecule : a) formation of the basic skeleton of the molecule
b) sideways overlapping of two pairs of un-hybridized p orbitals and c) two mutually
perpendicular p- bonds.
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1. What do you understand by the term, ‘hybridisation’?

5.5.2 Molecular Orbital Theory

You have just learnt about valence bond theory. It describes bond formation as aresult of
overlapping of the atomic orbitals belonging to the constituent atoms. The overlapping
region responsiblefor bondingissituated between thetwo atomsi.e., itislocalised. Molecular
orbital theory(MOT) developed by F.Hund and R.S.Mulliken in 1932, isbased on thewave
mechanical model of atom. In contrast to the localized bonding in VBT, the molecular
orbital theory visualisesthe bonding to be delocalisedin naturei.e., spread over thewhole
molecule. According to MOT, in the process of bond formation

e  The atomic orbitals of the constituent atoms combine to generate new types
of orbitals(called molecular orbitals). These are spread over the whole molecule
i.e., they are delocalised. In other words these new orbitals, do not “belong” to any
one atom but extend over the entire region of the bonded atoms.

e  These molecular orbitals are created by Linear Combination of Atomic Orbitals
(LCAOQO) approach in which, theatomic orbitals of comparable energiesand of
suitable symmetry combine to give rise to an equal number of molecular
orbitals.

e  Theavailableelectronsthen fill these orbitalsin the order of increasing energy
asin theAufbau principleused in the electron configurations of atoms.

L et ustake the example of hydrogen molecul e to understand the mol ecul ar orbital approach
to chemical bonding. Thetwo hydrogen atomshave an el ectron each in their respective 1s
orbitals. In the process of bond formation the atomic orbitals of two hydrogen atoms can
combinein two possibleways. In one, the M O wavefunction is obtai ned by addition of the
two atomic wave functions whereasin the other the MO is obtained by subtraction of the

atomic orbitals. The combination of the 1sorbitals on thetwo hydrogen atoms are shown

infig. 5.9.
Mole'c_u|1ar orbital . B . > ol
] + + +|+
Atomic cls Atomic 1s Is o*ls
orbital orbital atomic atomic antibonding sigma
2 orbital orbital molecular orbital
2
M +
—>
i A i .
ols 1s Is ols
atomic atomic bonding sigma
orbital orbital molecular orbital

Fig. 5.9 : Formation of bonding (s) and anti bonding (s*) molecular orbitals
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Themolecular orbital obtained by the addition of atomic orbitalsis of lower energy than
that of the atomic orbitalsand is called abonding or bital. On the other hand, the orbital
obtained by subtraction of atomic orbitalsisof higher energy and iscalled ananti-bonding
orbital. You can note here that the molecular orbitals obtained here are symmetric
around the bond axis (thelinejoining thetwo nuclel). Such molecular orbitalsarecalled
sigma (o) molecular orbitals. The bonding orbital obtained aboveis denoted asclswhile
theanti- bonding orbital isdenoted asc”1s. Here o indicates the type of molecular orbital;
1stellsabout the atomic orbital involved and * isindicative of the anti-bonding nature of
the MO. There are atotal of 2 electrons in a hydrogen molecule, according to Aufbau
principlethesearefilledintoc, orbital. Sincethecs, orbital isabonding orbital, itsgetting
filled leadsto stability or the bond formation.

Likeelectronic configuration of atomswewrite MO electronic configuration for molecules.
The MO configuration of hydrogen molecule is given as (c1s)?. The molecular orbital
energy level diagramaregivenin Fig. 5.10(aand b)

) )
Antibonding Antibonding
MO MO

E Atomic E Atomic
R m orbitals R orbitals
G G

v 1s 1s v 1s

Bonding Bonding
s1s? MO s1s? MO
€) (b)

Fig. 5.10 : Molecular orbital energy level diagramfor a) H, and b) He, molecules
Bond Order: we may define a new parameter called bond order as
Bond order = (b.0.) =%2(n_ -n)

Where, n_and n, refer to the number of electrons present in bonding and antibonding
molecular orbitals respectively. For hydrogen molecule the bond order will be ¥2(2-0) = 1,
i.e., thereisasingle bond between two hydrogen atoms.

Helium (He,) molecule

In case of He,, also there will belinear combination of 1sorbitalsleadingto theformation
of o1sand " 1sorbitals. Thefour el ectronswould be distributed as per the MO electronic
configuration : (c1s)? (6" 1s)?. Themolecular orbital energy level diagramisgiveninfig.
3.10 (b) .This gives a bond order of %(2-2) = 0, that is there is no bond between two
helium atoms. In other words He, molecule does not exist.

Li, and Be, molecules

Thebonding in Li, and Be, can be explained by combining the 1sand 2s orbitalsto give
appropriate MO’s. The molecular orbital diagramsfor Li, and Be, aregiveninFig. 5.11.
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Fig. 5.11: Molecular orbital energy level diagram for a) Li, and b) Be, molecules

5.5.2.1 Molecular Orbital Bonding in Diatomic Molecules of
Second Period

So far we have talked about bonding in the elements in which the MO’s were obtained
from the linear combination of s orbitals. In case of the atoms of second period (beyond
Be) elements both sand p orbitals are involved in the formation of molecular orbitals. In
such a case a number of different molecular orbitals are obtained depending on the type
and symmetry of the atomic orbitalsinvolved in the process. L et ustry to understand the
nature of MO’s obtained in this case.

Here aso the 1s and 2s orbitals of the two atoms would combine to give corresponding
bonding and anti-bonding molecular orbital asshownin Fig.5.11 (b). Let uslearn about the
formation of MO’s from the combination of p orbitals

As mentioned above, in LCAO, the atomic orbitals of comparable energies and of
suitable symmetry combine to give molecular orbitals. A suitable symmetry means that
the combining orbitals should have same symmetry about the molecular axis. Itisnomally
assumed that the bond formation takes place along the z-direction. You have learnt in the
first unit that the three p orbitalsare directed towards three mutual ly perpendicul ar directions
namely thex, y and z directions. Thereforethe p, orbitals of the two atomswould combine
along the bond axisto give two molecular orbitals as shown below fig. 5.12. Sincethese
molecular orbitals are symmetric around the molecular axisthese are called o orbitals.
The designation of the orbitalswould be 5, and ¢, , .
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Fig.5.12: Overlapping of two 2p, orbitals to give molecular orbitals

Combination of a p_-orbital with either ap, or a P, orbital would not lead to any
bonding. On the other hand a p, orbital will combine with ap and the P, with a p, as

showninfig. 5.13.

Antibonding pi
molecular orbital

Molecular
orbital
n2p, Atomic
rbital
&l
5] 2p,
1}
n2p,

Fig 5.13 : Formation of molecular orbitals fromtwo 2p, atomic orbtials.

You may note herethat these orbitalscombinein alateral fashion and theresulting molecular
orbitals are not symmetric around the bond axis. These MQO’s are called n- molecular
orbitals. These have large electron density above and below the internuclear axis. The
anti-bonding = orbital, n* 2p_(or n’ 2py) have anode (aregion of zero electron density)
between the nuclei.

The molecular orbitals obtained as a result of combination of respective AO’s of two
atoms can berepresented in the form of following energy level diagram, Fig5.14(a) . The
MO’s obtained from the combination of 1s orbitals are not shown.(these belong to the
inner core and arecompletely filled ) The electronsin these molecular orbitalsarefilledin
accordance with Aufbau principle and Hund’s rule.
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Fig.5.14: Molecular orbital energy level diagrams a) for O, and F, and b) for diatomic
orbitals of lighter elementsLi, Be, B, Cand N

However, thisenergy level diagramisvalid for the diatomic molecules O, and F, only; For
the diatomic molecules of thelighter elementslike, B, C and N thisenergy level diagram
Is somewhat modified. It is so because in case of lighter elements the difference in the
energy of 2sand 2p orbitalsis very low and sand p orbitals on the two atoms get mixed
up. In place of normal pure 2s-2s or 2p-2p combinations we may have s-p combinations,
for example 2sorbital of first atom can have areasonable overlappingwith 2p, orbital of
the second atom and vice versa. The modified energy level diagram is given in
Fig5.14 (b).

5.5.2.2 MO Electronic Configuration and Properties of the
Molecule

The MO energy level diagram discussed above can be used to find out the MO electronic
configuration of the molecule. Thisin turn providestheinformation about some properties
of the molecule. Let us take the example of nitrogen molecule. An atom of nitrogen has
five valence electrons; sincethere aretwo atoms, we have atotal of ten valence el ectrons
that need to be filled in the MO’s. Using Fig.5.14 , the MO electronic configuration can be
written as 62, 0’28, n 2p.2, m 2p? ©62p?

Bond order : %2[n-n] =%[8-2] =%2[6]=3; thismeansthat in nitrogen molecule, a
triple bond exists between the two nitrogen atoms.

M agnetic nature: molecul es show magnetic behaviour depending on their MO el ectronic
configuration. If all the MQO’s are doubly occupied the substance shows diamagnetic
behaviour. In case one or more MO’s are singly occupied, the substance shows
paramagnetic behaviour. The MO electronic configuration of O, (with 12 valence
electrons) is 62, 628, 62p2, , m2p?, © 2py2, T2pt, W 2py1; Since it contains

X !
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unpaired electrons, oxygen shows paramagnetic behaviour. This has been found to be so
experimentally also. In fact, the explanation of the paramagnetic behaviour of oxygenis
an achievement of MOT.

The bond order and the magnetic behaviour of the molecular cations and anions can also
be obtained in the same way. In such cases we add one electron for every negative
charge and for every +ve charge we subtract an electron. For example, O,>—( oxygen
molecule dianion) would have atotal of 14 valence electrons ( 12 + 2) while oxygen
molecule cation O, would have 12-1 = 11 valence €l ectrons.

7N .
ke‘, Intext Question 5.4

1. Whatisthebasic difference between the valence bond and molecul ar orbital theories?

2. Caculatethebond ordersfor Li, and Be, moleculesusing the molecular orbital diagrams
giveninFig. 5.12.

7z

;',{3@ What You Have L ear nt

e A chemical bond may be visualised as an effect that leads to the decrease in the
energy of the combination of two atoms when they come closer.

e  Theatoms combine in such away so as to attain stable electronic configuration of
noble gases.

. Accordingto Kossel, transfer of an el ectron from one atom to the other achievesthe
stable configuration. This leads to formation of ions, which are held together by
electrostaticinteractionscalled ionic bond.

e  Accordingto Lewis, the stable configurationisachieved by sharing of electron pairs
between the bonding atoms. This leads to the formation of acovalent bond.

e  Bonding in simple molecules can be conveniently represented in terms of Lewis
electron-dot structures.

e In some covalently bound atoms the shared pair of electron is more towards the
atomwith greater electronegativity and leadsto partial ionic character in themolecule.

e  Vaenceshell eectron pair repulsion (V SEPR) theory isvery helpful in predicting the
shapes of simple molecules. It is based on the interactions between the electron
pairs around the central atom in the molecule.

e  Vaence bond theory (VBT) and Molecular orbital theory (MOT) are two modern
theories of chemical bonding. These are based on the wave mechanical model of
atom.
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. According to the valence bond theory the process of chemical bond formation can | Atomic Sructureand
be visualised asthe overlapping of atomic orbitals of thetwo atomsasthey approach | Chemical Bonding
each other. The overlap increases the electron charge density in the inter-nuclear
region. 4

e Inorder to explain bonding in molecules containing more than two atoms, Pauling /
proposed the concept of hybridisation. In hybridisation, the atomic orbitals of the
valence shell of the central atom * hybridise” or merge and give newer orbitals with
proper orientations, which explain the shape of the molecule.

e  AccordingtotheMolecular orbital theory the atomic orbitalsof comparable energies
and of suitable symmetry combine to give rise to an equal number of molecular
orbitals. These molecular orbitals extend over the entire region of the moleculei.e.,
these are delocalised over the whole molecule.

e  Whentwo atomic orbitalscombineit givesapair of molecular orbitals; oneiscalled
bonding molecular orbital of lower energy and the other of higher energy is called
anti-bonding orbital.

e  The electrons present in the molecule are filled in these orbitals in the order of
increasing energy (Aufbau principle) to givethe MO electronic configuration.

o The number of bonds between the two atoms is called bond order and is defined as
Bond order = b.o. =%(n, - n)

. The MO electronic configuration can be used to predict the magnetic nature of the
molecule. If all the MO’s are doubly occupied the substance shows diamagnetic
behaviour and if one or more MO’s are singly occupied the substance shows
paramagnetic behaviour.

L'? Terminal Exercise

What do you understand by a chemical bond?

1

2. Explain the process of bond formation as a decrease in energy.
3. What do you understand by the term, ‘bond length’ ?
4

Describe the two possible ways in which the noble gas electronic configuration is
achieved in the process of bond formation.

5. What are Lewis electron-dot symbols ? Show the formation of MgCl, in terms of
Lewissymbols.

6. Defineacoordinate bond and give some examples.
7. What isVSEPR theory ? predict the shape of SF, molecule using this theory.

8. Why do we need the concept of hybridisation ? How doesit help in explaining the
shape of methane ?

9. Givethesalient features of molecular orbital theory.

10. Be, molecule does not exist. Explain on the basis of molecular orbital theory.

101
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1.

Write down the molecular orbital electronic configuration of the following species
and compute their bond orders.

0,;0,5;0,;0,*

ﬁ Answers to Intext Questions

5.1
1.

5.4
1

An electrovalent bond is formed when one or more electrons are transferred from
one atom to another atom or atoms.

N 4 "N: —=IN N —  N=N:

In acovalent bond the shared pair of electronsis closer to the more el ectronegative
atom. Thisleadsto charge separation in the molecul e and the bond becomes polar

A bond in which both the bonding el ectrons are contributed by one atom only.

The two postulates of VSEPR theory are

The electron pairs (both bonding and non-bonding) around the central atom in a
mol ecul e arrange themsel vesin spacein such away that they minimizetheir mutual
repulsion

The repulsion of alone pair of electrons for another lone pair is greater than that
between abond pair and alone pair whichin turn isstronger than that between two
bond pairs The order of repulsive force between different possibilitiesis as under.

lone pair - lone pair > lone pair - bond pair > bond pair - bond pair

In methane the central carbon atom would have four pairs of electronsinitsvalence
shell. According to VSEPR theory these would be placed tetrahedrally around the
carbon atom. Hence the methane molecule would have a tetrahedral shape.

Hybridisation isaconcept whichisquite useful in explaining the shapes of molecules.
According to this two or more than two non equivalent orbitals with comparable
energies and different shapes mix and give rise to an equal number of equivalent
hybrid orbitals. The hybrid orbitalshaveidentical energiesand shapes.

Inammoniathe 2sand three 2p orbital s hybridizeto give four sp* hybridized orbitals.
Three of these overlap with the 1sorbitals of hydrogen and one remains nonbonding
containing alone pair. The sp® hybridized orbitals are directed towards the corners
of aregular tetrahedron. But due to the difference in the repulsion between lone
pair - bond pair and bond pair - bond pair the ammonia molecul e has a distorted
tetrahedral shape whichissomewhat like atrigona pyramid.

Val ence bond theory visualisesthe bond formation to be localized whereas according
toMOT itisdelocalised.
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2. Bondorder = b.o.=%(n, -n) Atomic Sructureand
for Li,; Bond order =%[4-2] =%[2] =1 Chemical Bonding
for Be, ; Bond order =%2[ 4-4] =%[0] =0

3. MO configuration of O, isc 2¢% 6* 2¢*, 62p 2, n2p? = n 2p,
* 2p1X = * 2p1y
Dueto 2 unpaired €lectrons O, moleculeis paramagnetic.

Notes
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