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CEIARPTBR < 4

CHEMICAL BONDING

4.1 ENERGETICS OF BOND FORMATION

A molecule as compared to the atoms from which it is formed is more stable
because it possesses energy lower than the energy of the uncombined atoms. This
difference in energy is due to the fact that when atoms combine to form
molecule, the attractive forces are created which result in the release of
energy. The attractive force that holds atoms together in a compound is

known as the chemical bond.

The force of attraction or chemical bond between two atoms is formed due
to the interaction of valénce electrons of combining atoms. '

In 1916 two kinds of chemical bonds were described: The ionic bond by
W. Kossel (Germany) and Covalent bond by G. N. Lewis (U.S.A.). Both these
Chemists based their ideas on the fact that atoms attain greatest stability when
they acquire an inert gas electronic configuration (Octet Rule). Asa matter of fact
atoms of the inert gases have eight electrons in their outermost orbit, excepting
!mlium which has only two electrons. These gases arc very stable and donot enter
0 chemical combination under ordinary conditions and thcrefm:e they are
“Sumed to have stable orbits. Atoms of all the other elements havc mcorpplcte
%Utermost orbits and tend to complete them by chemical combination with the
“Meratoms, Thisinert gas configurationcan beachieved eitherby the transfemn.ce
" Sharing of elections among themselves. Itis the tendency of atoms to acquire
et gag configuration which causes the atoms {0 form chemical bonds.

B
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42 FLECTROVALENT OR IONIC BOND

This type of chemical bond proposed by Kossel is formed as a result of
complete transference of onc or more electrons from one atomto the other sothat
both the atoms acquire inert gas configuration (the octet rule). The atom that
loses electrons becomes positively charged and the atom that gains electrons
becomes negatively charged. The charged atoms (called ions) so produced are
held together by electrostatic force of attraction. The ionic bond is, therefore,
defined as the electrosiatic astraction between positive and negative ions.

Ionic compounds such as NaCl and MgO are formed by the elements of low
electronegativity (metals) and the elements of high electronegativity (non-
metals).1f difference in electronegativity, AEN, is greater than 1.7 between two
elements usually leads to an fonic bond.

The metal of groups IA, IIA and Aluminium {n 1A due to their low fonlzz

tion potential and low electronegativity, lose one, two or three electrons o

form M*,M?* and M** ions respectively. The non-metals of groups VIA and
VUA due to their high electron affinity and high electronegativity tend 10

gain two electrons and one electron to form A* and Al- ions respectively.
Nitrogen and phosphorus in VA group will under some circumstances gain
three electrons to form N* (Nitride) and P (Phosphides) ions

In order to understand why ionic bonds are {ormed readily beiween Ui
metals and non-metals of the above nentioned groups, letus consider the encis!
changes involved in the formation of say, sodiuns chioride from sodivm ¥°
chlorine atoms.

() Sodium in the ground state has the electronic configuration of Is', 254
3s!, i.c. it has one valence electron. The loss of the valence electran requines
KJ mole™, the resulting Na* has complete ociet,

Na, —> Natg+e  AH =+495 Xi/mole
152, 263, 2p*, 3s! 15}, 25, 2p°
(11§) (108)
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(i) Chlorineatomin its ground state has the electronic configuration of Is2, 25,

2, 3% 3p?, that is, it nc.cds one more clectron to complete its octet. The gain
of one electron by chlorine releases energy which is equal to 348 KJ mole-!,

Gt s=mu Cl, AH =-348 KJ/mole
154,254, 2p%, 3s%, 3p*  1g2, 262, 2p%, 3s?, 3pt
(17 &) (18 ¢)

The energy difference (495-348=147KJ/mole)is more than compensated when
the opgosuc}y charged ions form a crystal lattice consisting of a closely packed
array, in which each ion is sutrounded by six opposite ions (Fig. 4.1) The great

FIGURE 4.1 b5
Crystal structure of sodium chloride, showing (right) the octabedral

arrangement of six sodium ions around one chlorida ion,

\

Aactive foreesin ﬁuc crystal lattice greatly reduce theencrgy ofthe styst?m there
Y Making it stable. Thus the more important stepis the third step whichinvolves

*lormation of crystal lattice.

. ~ _788.0 KJ/mol

d The energy released when one mole of gascous ions arrange thcmsch./cs in
i Pattem to form crystal Jattice is referred to as the lattice energy. Itis this

P
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energy which over comes the loss of energy encountered in the formation of the
ions.

From the above discussion, we conclude that it is éssential for the formation
of ions and the ionic bond that the sum of the energies released in the second and
third steps must be larger than what is required in the first step.

Characteristics of Ionic Compounds

. (i) A single ion of a metal is never associated with a single ion of non-metal i.c.
separate units of ionic compounds do not exist and therefore it is wrong to talk
about a molecule of an ionic compound. The formula only indicates the relative
number of atoms of each element. The solid crystal is made up of large number
of oppositely charged ions, arranged in definite pattern. Each ion is surrounded

by a fixed number of oppositely charged ions, so that the strong electrostatic
forces between ions act in all directions through the crystal. Thus the ionic
compounds are generally hard solids.

(ii) The ionic compounds possess high melting and boiling points due to strong

inter jonic forces in their crystals. Lot of thermal energy is required to break those
forces.

(iii) Jonic compounds are soluble in water and similar polar solvents because of
the strong electrostatic attractions between the ions and polar molecules of
solvent. The surrounding of the ions by the solvent molecules solvation releases
the energy which is known as the energy of solvation. This energy usually
overcomes the high lattice energy of the ionic compound,

Insoluble ionic compounds (¢.g. the sulphates, phosphates and fluorides of
Ca, Sr and Ba) have very high lattice energies and insufficient solvation energY
is available from the ions to overcome the high lattice energies for thes®
compounds to be soluble. The ionic compounds are insoluble in the org"™
solvents like Benzene, carbon tetrachloride etc. because there is no attractio”
between the ions of ionic compounds and the molecules of non polar solven®™

(iv) Ionic componds are iﬁvariably electrolytes, because in the presence Of*
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polar solvc:n:i s:‘cl;as water, the interionic forces are so weakened that the ions are
separated anc the Irec 1ons are able to move under the influence of electric current.
In fact the ionic compounds c_onduct electricity even in the fused or melted state.

43 COVALENT BOND

Theatoms in an ionic compound are held together by the transfer of valence
electron or electrons from one atom to the other atom. In covalent bonding, no
such n'anst:cr is involved, instead two atoms both of which tend to gain electrons
may combine with each other by sharing one or more pairs of electrons. This
concept of electron pair bond was proposed by G.N. Lewis in 1916, Two atoms
of chlorine for instance, each having seven electrons in its valence shell unite by
sharing two of these fourteen electrons between them. This is shown diagramatically
as follows, using dots to indicate only the valence electrons:

Unp:’}ed e{ctrons Shared pair of electrons Covalent bond
. 1) d
+Cl* *Cl: S/ ClCl OR C — 0

Electrons that are shared between two atoms are the bonding electrons and are to
becounted toward the octet (orduplet in case of hydrogen) of each of the bonding
atom. As the shared electrons spend much of the time between the nuclei,
resulting in the attractive forces between negative charge of electrons and positive
Charges of the two nuclei. This type of chemical bonding is known as covalent

bond.

In chlorine molecule, for instance, the one shared pair of electrons forms a
Cl — Cl). The sharing of

single covalent bond between two chlorine atoms ( .
together which is

*Ctrons in a covalent bond brings the bonded atoms closer .
whentwo chlorine

‘°ﬂecwdfm le
m the bond energy data of the bonds. Forexampie,
oms form a single covalgt’xlt bond, 242 KJ/mole of encrgy arc released.

:.C:lg., HC—ily ;1 - ¢t AH = -242 KJ mol™!

%The release of enetgy Jowers the energy of the molecule and thus makes it
Stable,

Vo 4
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gle covalent bond is that the spins of the bopg

Another normal feature of asin '
becomes paired in the bopq

forming’ electrons, unpaired with separate atoms,
formation.

ovalent bond as méntioned in Cl, molecule, atoms also

In addidon to single ¢ ;
s, double and triple bonds as in case of Oxygen and

form multiple bonds, that i
Nitrogen molecules.

An oxygen atom has six valence electrons, therefore the formation of O,
molecule would involve sharing of two electrons from each oxygen atom. As
sharing involving one electron pair is indicated by a single short straight line, the
sharing of two electron pairs would be indicated by two short straight lines:

Two shared pairs Double bond
o .e - l .. . 'L .
LR 0 D 00 or 0=0

Nitrogen atom, on the other hand, has five electrons in the valence shell,
therefore, the formation of N, molecule would involve sharing of three electrons
from each of the two atoms as shown below. A riple bond as in N, is represented

by three short lines. :
Theeo shared pairs Triple bond

g 4 7
Ao+ Ao HER o f=R

2 The bond di'stanccs of multiple bonds are shorter and the bond energics &*
higher as shown in the table 4.1 (Also refer 4.7).
Table 4.1 Bond distances and Bond Energies of Single, Double, Triple bo™*

Covalent Bond Bond Distance Bond Energy

c-C 1.54A 347 K3 mol"_
C=C 134A 598 KJ mol"_|
CsC 1.20A 820 KJ mOE
Clecliis 1.99A 242 KJ mol™__
0=0 1.21A 498 KJ mol™ |
N=N i 1.10A 946 KJ mol™ |

v
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Generally there is shortening of 0.20A for any double bond and 0,34 A
shortening for any triple bond.

Notic':c t'hat the examples given so far involve the equal sharing of electrons
between similar atoms which form pure covalent bonds. Examples of bonding in

water and CO, present an interesting situation, where sharin gof electrons takes
place between dissimilar atoms,

Hx+ 0 +xH—>Hi§iH OR O
i

H H
& &+ &=
O0=C=0

‘O + € + .0-> 0uCud OR

-t

The shared electrons are attracted more towards more electro negative atom
(Oxygenin both cases). Suchapairofelectrons constitute polar bond making one
part of a molecule partially negative (8-) and the other partially positive (8 +),
A molecule with a positive and negative pole is referred to as dipole. A covalent
bond is directed in space so that the atoms in a covalent compound are linked in
adefinite position in relation to cach other and the molecules formed may exist

as distinct particles.
Characteristics of Covalent Compounds

() Unlikeionic compounds, the covalentcompoundsexistas separate covalc'm
molecules, because the particles are elecurically neutral and have lile auractive

forces for each other.

since they existas separate molecules are expected o

(ii)
Covalent compounds, solids (held together by weak Vander

volatile liquids or gases or low melting
Waals forces),

(iif) These are non-¢lectrolytes i.c. they do not conduct clectricity.

(iv) Covalent compounds are generally insoluble in water and similar polar
vent but soluble in the organic solvents.

b A
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4.4 CO-ORDINATE OR DATIVE COVALENT BOND

An atom in groups VA, VIA or VIIA, having filled its valence shell by sharing
its unpaired electrons to form covalent bonds, may use its remaining paired
electrons (lone pairs) to form further bonds. It does this by sharing a pair
with another atom having an empty orbital. The result is a dative or co-
ordinate bond in which both electrons in the shared pair originate from the
same atom. Sidgwick first developed the use of this type of bond and he
called it as dative bond. The atom providing the lone pair of electrons to make up the
co-ordinate bond is known as the donor. It must, of course, have an 'un-
used' pair of electrons available and such a pair is referred to as a lone

pair. The atoms sharing the pair of electrons from the donor is known as
the acceptor,

The dative bond is represented either by the use of an arrow, from tke donor to
the acceptor atonr or by means of line, conveniently used to represent a covalent
bond, but with inclusion of charges (+) for the donor and (-) for the acceptor atom.
On this basis, the dative bond can be regarded as a covanlent bond with a certain
amount of ionic character, and the term co-ionic instead of dative, is intended to
describe this state of affairs.

EXAMPLES

(i). Phosphorus Oxychloride, POCL,,

+cl: ' :Cl:
0 i l
:Clx P & Cl: which may be representedas Gl — P —@:
¥ oo. l
-0 10
:il:i:
or as 1 — PG
le
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(i) Nitro methane, CH, NO,
H 0: o o
, X y ' 7
H xgx x:rm = H-CI:-N
H 0- i \'o°
H O
il
B H—C—N©
PR Y
. H o°
(iii) Ammonium jon, NH}
H — !'{ =
! ©
4 ’.‘? P H or H—Iil—ﬂl
H L

It may be pointed out that the co-ordinate bond and a covalent bond once
formed are indistinguishable i.¢. both are alike.

'S DIPOLE MOMENT |
i = polar strength and
A ma magnetic moment ml, where m = polar st :
s di;mug:::wh; tt!ll:: twog poles. A magnet tends 10 become oriented in a

Tagnetic field, Likewise a dipole (polar molecule)-tends to become oriented in
electrical field. The extent of this tendency isreferredtoas the dipole moment,

B
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p. It is measured by the magnitude of charge at each pole multiplied by the
distance between two charges. The separation which in case of a diatomje

molecule is approximatelyequaltothebond distance (=e x d where
¢ = magnitude of charge, d = distance between charges). The di pole moments

were expressed in debye units (after the Dutch physicst Peter Debye), but now
they are expressed in S.I. units as coulomb metre (Cm).

1debye = 10" esux cm= 3. 335 x 10°Cm (1C=2.998 x 10 esu)

The dipole moments are of the ondec of 10-¥Cn and it is due to the factthat
the charge on an electron is of the order of 10+ coulombs and distance is of the

order of 10°'° metre. It may be pointed out that the dipole moment depends not
only on the polarity of individual bond in a given molecule, but also on the
geomewry of 2 molecule as a whole., For diatomic molecule, polar bond means
polar molecule, that is the two co

ncepts coincide. The diatomic molecules
consisting of different atoms are

£ more or less polar, Greater the difference of
electronegativity, A EN, greater would be the polarity (see table 4.2). The pure

covalent molecules consisting of similar atoms will have p = 0 as there is no
charge separation iavolved,

: 'n polar bonds but the angular structare of SO,
resulis in 2 dipole moment of 5,336 x 10" em, while for linear CO, p=0
o+
S
0 O euis D e o
- —
= 5336 10 Cm g2

The net molecular moment isindicated by (=) and s he vector sum of ¢
individual bond moments. In CO, , the double b e A

Ads lie on one straight line, %
is, molecule is perfectly symmerrical. Hence although both bonds in CO, &¢

4
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polar, the two dipole moments of the molecule are equal oppositely directed, thus
the molecule as a whole is nonpolar, Likewise CS, is also non polar (4 = O)

| Now consic'icr carben tetra chloride (C C ,) which contains four C— Cl bonds
which are definitely polar but the symmetry gives C Cl, a zero dipole moment.
Chloroform  molecule (CHCL) on the other has a dipole moment of

3.40 x 10 cm due 10 its asymmetrical structure. Dipole moments of some
mqlecules are given in the table 4.2,

Table 4.2 Dipole moments in debye and coulomb metre.

Molecule (1 = debye p=Cm | Molecule |[g=Debye | p=Cm

() H, (o) o) (vi) HCI 103 | 3.436x10
(i) CL, o o (viDHO [ 184 |6.137x10™

(ii) CC1, o) 0 (vil) NH, [ 146 |5.002x 10

(iv) m’ o) (0] (ix) C. H. (0] (0)
r—t ™

WHF | 190 |6369x10%| (®CHCL| 102 |340x10°
e o

44$1 IONIC CIARACTER OF COVALENT BOND B e
' Was made clear in the previous section that in case of Cl,, O, 3
i ally attracted

Qug o : e“',"‘mlheatomsmidcnucal.theshmdelecmsmequ y

iden (o c. neither atom attracts electrons more strongly
thap the om“::ll::lelcht:o;emw:::sity is distributed equally over the two atoms

B
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in a molecule. Cl » O, and N, molecules are therefore non-polar.

The molecules consisting of different atoms such as H,0, HF etc. present 2
different situation. In these cases, the shared electrons are not equally attracted.
InH,0, forinstance, oxygen aracts the bonding electrons to a greater extent, The
clectron cloud of the molecule is shifted towards oxygen so that this end of
molecule has a greater concentration of negative than positive charge. Similarly
in HF molecule, fluorine is more electronegative, so this end has greater portion
of the negative charge (Fig. 4.2). Consequently in both the molecules, H,0 and

FIGURE 4.2
The electron density distribution in the HF molecule.

The More electronegative fluorine atom attracts a
large portion of the electron density cloud.

HE, ‘the hydrogen end is correspondingly more positive. This situation is

indicated by using the symbols § and § when § (delta) represents the partial

electrostatic charge separated between the two atoms (6 + & =0)

N
Hfl HO&

HS& _F&

The covalent bonds in H,0 and HF are therefore polarbonds. These covalent
bonds are not pure covalent but they have parriq) ionic character. The difference
in the electronegativity of the two bonded atoms determines the extent of theionic
character of a covalent bond. For instance the H-F bond js 64% ionic and H-C!
is only 17% ionic, The partial ionic character greatly affects the properties of
molecule. For example, melting and boiling points of polar molecules are high
and they are soluble in the polar solvent such asH,0. Further more, the presenc®

of partial character shortens the covalent bond, that is, pulls the atoms closef
together. For example, the expected H-F bond distance is 1.01A where as th
actual value is 0.92A. Due to shortened bond distance it is quite obvious that thf
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bond energy Must increase accordingly. For example the bond energy of H-F
molecule is 268 KJ/mol more than the calculated value.

4.7

BOND ENERGY

The energy change in chemical reactions is due to the bonds being formed

and broken. A chemical bond is the link between two atoms and represents the
lowering of energy. Work must be done if the atoms are to he separated. The
energy required to break a bond between two atoms in a diatomic molecule is
known as the bond energy. It is expressed in kilo joules per mole (i.e. the energy

change per 6.02 x 10% bonds):
H-H, 2H A H =435 KJ mol”!
Hydrogen molecule Free atoms of Hydrogen
0=Ow 23 20(” AH= 498KJmol"w
Oxygen molecule Free atoms of oxygen

Alternatively, the bond energy might be taken as the energy released in

forming a bond from the free atoms (not from the elements in their standard
states): :

CXoth

' e -1

Hy+ Hy— H-H, éH--435KJmol
-1

0, + 0,—> 0=0, AH=-498KJmol

Notice that the breaking of bonds is endothermic and making of bonds is
trmic process,

Bong energy is the measure of the strength of bonds. Gencrally, bond

“Nergieg of polar bonds are greater than the pure covalent bonds (non polar):

i -
= Cl,— 201, AH=244KJmol
Polarmolecylc '
-1
Lg% A - A'H= 431 KJ mol
N g ™ Ky + Oy
Molecyle,

b
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[tis worth while to remember that the bond energy depends upon the partial
ionic character of a covalent bond. Larger the ionic character greater the value of
bond energy.

OF R G N 7

Polar molecules Ha B HoClo  HeBE e T

Bond energy (KJmol') 565 431 364 299

Tl!c value of bond energy also depends upon the bond distance. Shorter the
bond dtsta_ncc. stronger the ‘bond and greater would be the bond energy. For
example triple bonds are usually shorter than the double bonds which in turn are

shorter than the single bonds. Hence the bond energies for multiple bonds would
generally be greater than those of single bonds (See table 4.3)

Table 4.3 Bond distances and Bond energies for single,

double and triple bonds,
BOND BOND DISTANCE BOND ENERGY
(A) (KJ mol")
C—6 1.54 A 347
C=C 1.34 598
C=C 1.20 820
N=N 1. 10‘ = 946

Information of bond energy can helpin understanding of chemical reactivity-

For instance, bond energics of H, and O, are higher than for most diatomic
molecules and are sufficiently high sothat when their molecules collide with each
other at room temperature, they simply rebound and no chemical reaction occurs-

4.8 SIGMA AND PI BONDS

In 1916, Lewis introduced the electron pair concept of a covalent bond.
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However, it failed to account for the geometry and magnetic properties of
nolecules. In 1927, Heitler and London extended the Lewis theory and proposed
yalence Bond Theory (VBT) and in the early 1930's Hund, Huckle, Mulliken and
others developed an alternative theory which is known as the Molecular Orbital
Theory (MOT). According to both these theories, a covalent bond is formed by
e overlap (fusion) of the atomic orbitals, Nevertheless, valence bond theory
suggests that the bonding electrons occupy the atomic orbitals of the bonded
aoms and molecular orbital theory assumes that the electrons occupy the
molecular orbitals which belong to the molecule as a whole.

An essential difference between atomic orbital and molecular orbital is that
anelectron in the atomic orbital is influenced by one nucleus (mono centric) and
in the molecular orbital, it is influenced by more than one nucleus (polycentric).
According to the molecular orbital theory, linear combination of atomic orbitals
(LCAO) gives two kinds of molecular orbitals. A molecular orbital with high
tlectron density in the region between two nuclei having lower energy

(greater stability) than either of the parent atomic orbitals from which
molecular orbital is derived known as molecular bonding orbital. The
other molecular orbital having higher energy witha nodel plane or of low

Atomic orbitals Molecular orbital

FIG
Theutzi ;s_atomlc orbitals and the resulting molecular orbital represented

In terms of charge clouds. -

ﬁ%r‘ density between the two nuclel, is less stable than either of the

atomic orbitals from which it s derived, 18 known as antibonding

3 orbital, The energy difference of bonding and antibonding

Orby 2
tals is ShOWn by the enery dlagram in Fig.4. .

B
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Antibonding Molecular Orbita]
/ N\
i B
) I/ \\
5 1 N V4 ’
g N /
s RN /’
R 1)
Atomicorbital  Molecular bonding Atomic orbital
orbital
FIGURE 4.4
Energy diagram of bonding and anti bonding orbitals.

The bonding molecular orbitals which are formed by the linear
combination or over lap of the two atomic orbitals, are designated by the
Greek letter o (sigma) and the bonding molecular orbitals which are

formed by the parallel overlap of the two atomiic orbitals, are designated
by the Greek letter % (pi). '

¢ Bond:The ‘linear* or ‘head to head' overlap of the atomic orbitals likes - S,
S - P, P - P give sigma bonding (6) and sigma antibonding (g") molecular
orbitals. A sigma bonding orbital is linearly symmetrical about the axis
connecting the two nuclei (inter nuclear axis). The bonding electrons
contained in it are called sigma electrons which form (he sigma bond. As the
end on combination of the atomic orbitals offers the maximum overlape, the
resulting sigma bond is very strong bond, , ‘

s-s type overlap is found in H, molecule when 1! orbital of one hydroge?
overlaps 1s'orbital of the other to form sigma bonding orbital which constitutes

the single covalent bond in H, molecule. The antibondin g orbital remains
unoccupied (Fig: 4.5).

s-p type overlap occurs in HF molecule when 15! orbital of hydros®”

overlaps 2 p orbital of fluorine to form sigma bonding orbital which consttuie®
the single covalent bond in HF molecule (Fig. 4.6) -
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’ \
sigma bonding
atomic orbital atomic orbital molecular orbital (&) of Hz
H t\ Ht Hi+H
hydrogen atoms with z ~
opposite electron spin Sigma Star Antibonding
Molecular orbital ( &)
FIGURE 4.5
The hydrogen molecule.
e S——————

FIGURE 4.6
Hydrogen Fluoride molecule (HF)

@

Sigma Antibonding Molecular orbital (c)

PP type Overlap is seen in F, molec

Metlaps

2P ) Orbital of the ozhcr ﬂuonne to form F-

ule where 2p: orbital of one fluorine
F sigmabond. (fig. 4.7).

Scanned with CamScanner



134

= (X)) — =G

. 2 Sigma Bonding Molecular orbital of F (o)
2p (F)
(F) :

Sigma Antibonding Molecular orbital (o)

FIGURE 4.7
Flourine molecule (F2)

i bondj Sy
The pi bonding orbital has two regions O:):deg (%) and pi antibonding (+*)

1 :
the nodal plane (Fig, 4.8). The electrons co cCtron density below and aboVe

. . ; Ntained ip i i bond
ing electrons yvhtch form the pi bqnd. At is noy ‘l‘i‘n:a:lr; Z;lnl::uei::l:;n
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‘ RV
(a) 7~ bonding (b) Nodal plane
(b) m* Antibonding

FIGURE 4.8

with respect to the bond axis, rather it has a nodal plane; the rotation about
the bond axis seriously affects overlap between the p-orbitals. Maximum
Overlap and therefore maximum bond strength requires two p orbital to be
Parallel. If the two atomic orbitals are mutually perpendicular, this overlap
S & minimum (virtually zero) and there is essentially no bond. Thus the
Most stable condition is that in which two p-orbitals are parallel and this
*Quires the atoms or groups at either end of the molecule should lie in the
"me plane, i.e. they must be coplanar. Any rotation of the atoms
" Broups at either end, with relative to one another requires sufficient energy to
"° the pi-bond. At room temperature, the molecules containing pi bond such

tnes do not have sufficient energy to allow the-rotation to take place, and

¢ : :
Tesult is the restriction of rotation.

my‘:: molecule _is formed by .thc combination o'fz two rg?ty{;cnz ator;u;. al;:act;

the ti, ' &1om consists of two partially filled 2p,and P..O itals. 2 p, 0 itals o

On thy overlap end on to form a sigma bond !cavmg 2p, qrbltals parallel

the E W0 atoms. The side to side overlap of 2p, orbitals form a pi bond between
Oxygen atoms.

.
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Half filled p, and p,

Completely filled J\

(Px omitted for simplicity)

Figure 4.9 Oxygen molecule.

Fig: 4.9 Formation of sigma bond and pi bond betwe

: €n two oxygen atoms.
’I‘.hu.s oxygen molecule consists of one sigma plus one pi bond (i.e. double bond).
oimilarly in nitrogen molecule, there is one sigma plus two pi bonds (i.e. triple
bond). ‘

4.9 HYBRIDIZATION

Valency is generally regarded as (),

| © number of unpaired electrons in ¢
valence shell of an atom. However,

this rule is disregarded in some cases such®

. | € electron arrangements of these elements I
their ground states (low energy states) are given below:

Is 2s 2p

ot e S 1
ndi ] 1

6C = 1 L

) 2P, ZP,

- an=d
——
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In terms of unpaired clcct'rons berylli A
§ beryllium would be
inert gas (W;lcncﬁ =0). boron might e Cchct:; f:ch;o ::::;’i.als an
(valency = 1) and carbon would be divalen (valency = 2). In actual ok
however, Be, B and C‘arc divalent, trivalent ang quadn"va]c.n ; Ctual practice,

: Is 2
e - L DR
gl 1 1 i

' Sl { 1 st

Wbo':;h; aSl,crislf denotes the cxci. ted state of the atoms. The excited structure for
g ould give three bond§ mvo}ving p-orbitals which would be at right .
isance ;ach other together with a single bond involving an s-orbital. CH,, for -
N ould be expected to contain three s—p bonds mutually at right angles,
e :;_a'{er -5 bond. It is well established however, that the four bonds in
Uivegy alike. Similarly in BCl,, all the three B—Cl bonds are identical or

'"lm;ru z:;COunt.for the equivalence of bonds, the concept of hybrid orbitals was

oy by Linys Pauling. He assumed that the atomic orbitals having nearly
°quiya1en "8ies can be combined in various ways within an atom to form
e numt hybrig orbitals. The mixing of different atomic orbitals to produce the
hy-bf_idiza bc' of equivalent orbitals, having same shape and energy is known as
ac°°.fd tlon. The orbitals so formed are calléd hybrid orbitals and are designated

in
2 S0 Ion s
> the number of mixing orbitals.
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Mixing Orbitals No. and type of Type of
Hybrid orbitals Hybridization
produced.
One s-and three p Four sp’ orbitals sp®
One s-and two p Three sp orbitals sp?
One s-and one p Two sp' orbitals sp?

The case of carbon and its compounds is of great importance, for carbon
forms such a wide variety of well known organic compounds. The various types

of hybridization are therefore, discussed below with special reference to carbon
compounds.

. sp’ (Tetra hedral) hybridization: Combination of one s— and three p-
orbitals to produce four sp® hybrid orbitals is known as sp® or tetrahedral

FIGURE 4.10
(a) A Sing sp’hybrid orbital,

(b) Four tetrahedra)

(The smaller lobeg N Bapened of bybrd orths

are not shown).
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hybridization. (Fig. 4.9). The hybtid orbitals are different than the pure s — or p-
orbitals; they possess the character of both s- and p—orbitals in the ratio of 1:3.
5p* orbitals are directed towards the four corners of regular tetrahedron in which
eachangle is 109°. 28'. (Fig. 4.10). These orbitals can form stronger bonds than
cither s—or p-orbitals because of their size they can overlap more effectivel y.Sp?
hybridization occurs in the saturated compounds in which the carbon is atrached

to four atoms. In methane, CH,, for example Is— orbital of each hydrogen atom

overalp with sp> hybrid orbital of the carbon atom to form four si gma bonds; the

bond angle in CH, is 109°.28 (fig. 4.11). Other similar, symmetrical molecules

involving sp* hybridization are CCl,, SiCl,, SnCl, etc. All such molecules have

terahedral geometry like methane.

high density associated with
shared pairs of electrons
(oribital overlap)

Melhanc

FIGURE 4.11

Orbital overlaps in methane between
hydrogen 1s-orbitals (spherical) and

hlgb deﬂlil 2
¥ associated with 3 als.
Shareq Pairs of electrons carbon sp’ orbit

(oribjtay overlap)

SP* (Trigonal) hybridization: The mixing of one s- and two P- 9rbl.tals
Produce thrgcc sp’) h){brid orbitals is referred to as sp? or trigonal hybndn.zlauoni

- °¢ Orbitals are co-planar and directed towards the comers of azn equi Iatcm
di "8le (tigonal) a angles bf 120° to each other (fig. 4.12). sp orbitals are
(feren than either s — or p - orbitals and they are considered to h'fwl:: a
i T thatis one third s and two thirds p. The fourth pure p = OTbi':l Wlhlc ‘;
the ln;; Olved in hybridization remains unhybridized at rightangles to the plane o
E Sp Orbita]s (Fig. 4.12). Like sp’ orbitals, the sp? orbitals can also f‘orm sronger
s €ause on account of their size, they canoverlapmore cf fectively with the

Qrh;
"5 0f the other atoms,

o
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p-orbital

sp

sp’

(c)

FIGURE 4.12

(a) A single sp hybrid orbital

(b) Three sp orbitals viewed from above
(€) Un-hybridized p-orbital at right angles

—_——

——

sp* hybridization provides a good model for describing the geometry of the
molecules which contain carbon bonded to only three other atoms or groups,

such as ethylene (C,H,) or benzene (C,H,). These molecules are considered to be
flat with bond angles of 120°.

In ethylene, one of the sp* orbitals overlaps with an sp? orbital of the second
carbon to form a sigma bond. The other sp* orbitals of the two carbon atoms each
overlaps with the Is orbital of a hydrogen atom, to form four sigma bonds. The
unhybridized 2p orbitals of the carbon atoms now overlap above and below the

‘—-——ﬂ

-
i —_> hﬁj“g"fog‘ '
(c)

FIGURE 4.13
Molecular orbital diagram of Ethylene
__—4’//
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bond (Fig. 4.13). C :
plane 10 form & 7 g + Carbon-oxygen ( ) = ), carbon-nitrogen
() =N-) and other double bonds are formed in the same way. The two bonds (one

sigma and one pi) making up the double bond are not equivalent to two single

(sigma) bonds. It may be pointed out here that Boron also utili §
bond making (Section 4.9). ron also utilizes sp? orbitals for

sp (dlagqnlll) hybridization: The hybridization of an s- and a p- orbital leads to
two hyt:nd orbiuls known as sp orbitals. These orbitals are co-linear at an angle
of 180° which providles maximum separation and overlap (Fig. 4.14). The

unhy}aridized two p-orbitals (2p,, 2p,) remain at right angles to the plane of the
hybrid orbitals (Fig. 4.14). |

(a) Single sp hybrid

(b) Two Co-linear sp hybrld orbltals
orbital. I

FIGURE 4.14
sp hybrid orbital with unhybridized

p’ L orbitals.

| ' i yme f the
P hybridization has been very useful in explaining the geometry o

Ye or acetylene (C,H).

In ' o en orbitals overlaps with one sp orbital of
the e Solecyle;onc of (RSP £F while the two remaining sp orbitals

$¢cond carbon to form a sigma bond,
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form sigma bonds with hydrogen atoms. Th.c un}}ybridizcd p-orbitalg overlap iy
parallel manner and two pi bonds are obtained in planes at right angles aboy,
below andon either side of the linear molecule (Fig. 4.15). like carbon, Berylljyn,
utilizes sp' orbitals in bond making (Section 4.9).

FIGURE 4.15
Bonding in Ethyne molecule

4

10 SHAPE. OF SIMPLE MOLECULES
A simple moleculem

(i) Electron pair repulsion.mode] (ii). Hybrid orbital model.

The 'assumptions of these models Summarized below will serve as the g%
lines to explain the shapes of molecules,

The electron pair repulsion model: This approach to the structure o *
covalent molecule is due to SIGWICK ang p

OWELL (1940).
They pointed out that the shapes of (1940)

> Of molecules can be dctcl‘mi“‘dtb);
the repulsion between the electron pairs present in valency shell of ¢¢

atom.
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The main postulates of this model or theory are:

{, There may bc WO types of electron pairs surrounding the central atom
(a) Bond Pairs : These are the result of the sharing of unpaired

electrons of central atom with unpaired electrons

of surrounding atoms. These are also called
ACTIVE SET OF ELECTRONS.

(b) Lone Pairs : These are the paired electrons, which have not taken
lo~e Pae:  part in sharing. They are also called NON-
H3O05H BONDING PAIRS. They are also considered to be
" N sowo smes.  ACTIVE SET OF ELECTRONS.

2. Béing similarly charged (i.c. ncgative) the bond pairs as well as the
lone pairs repel each other. '

3. Due to repulsion, the electron pairs of central atom try to be as far
apart as possible, hence they orient themselves in space in such a manner
that force of repulsion between them is minimized.

4. The force of repulsion between lone pairs and bond pairs is not the
same. The order of repulsion is as follows:

Lone pair — Lone pair repulsion > Lone pair — Bond pair repulsion
> Bond pair — Bond pair repulsion. S5 &

3. In case of molecules with double and u'iplc'-i)onds, the & electron pairs
are not considered to be an active set of electrons, hence not included
in the count of total electron pairs. .

6. The shape of molecule depends upon total number of electron pairs
(bonding and lone pairs)It is summarized as follows.

Number of electron Geometry of Bond Angle Example

pairs around central atom Molecule o
BeCl;: C,H,; CO,; -
2 Linear a0 ——x  180° cs,
A ‘BF,; C;H,; SO;
3 Pl?ﬂﬂf /. 120° CO‘“ b 3} bl
Trigonal = A
| A CH; NH,; H,0
4 Tetrahedral /& 109° CCl,; CBr,
A x
Hybrid Orbital Model assumes thatit is the nature of hybrid orbitals (..

hybﬁdization) which determines the shape of a molecule.

lage P~ hybridization in the central atom gives linear molecule with an angle of

R
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sp: hybridization in the central atom gives planar trigonal structure wih g
angle of 120°.

sp’-hybridization'with no lone pair or non-bonding orbital on the ceny
atom gives tetrahedral geometry. with bond angles of 109°. 28'.

sp*hybridization with one nonbonding orbital (lone pair) gives pyramida
structure with an angle of 107°. |

sp-hybridization with two non-bonding orbital on central atom gives bent
or angular structure with bond angle of 104.5°.

The larger atoms of Groups VA and VIA such as phosphorus and sul-

phur do not use sp* hybrid orbitals in bond making, instead they utilize their
p-orbitals which are mutually at right angles. Such elements form com-
pounds with bond angles of about 90°. |

Linear Molecules : All the diatomic molecules such as HE, HCl etc. are linear
regardless of the number of active electron pairs surrounding the central atom. It

is becausc. thereare only twoatoms inadiatomic molecule. Molecules containing
more than two atoms can also have the linear shapes

_ Chloude (BcClz) is a triatomic linear molecule with th

@__.‘_@ »'

The Lewis structure of BeCl, is represented as :

for example, Beryllium
e bond angle 180°.

Clx Be x ¢ .

e Gy ord ot bélVlli'um uses its < c 4 pials in b‘?.ﬂd
making (i.e. beryllium is sp . hybridized), €s its sp-hybrid orbita
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L a
Be = 15?, 25* Excited Is |, 2¢' +2p.' Hybridization Two sp' orbitals.

Both the sp* orbitals are arranged linearly at an angle of 180°. These orbitals

overlap with 3p, or'bitals of the two chlorine atoms to form two sigma bonds, all
the threc atoms being in straight line (Fig. 4.16).

)

O - 064

FIGURE 4.16

The formation of two a-bonds in BeCl; by overlap of 3px orbitals from two chlorine atom with
two hybrid sp orbitals from a beryllium atom.

A ————|

The linear structure of ethyne (H—C=C—H) has already been discussed
(Refer sp! hybridization). Likewise CO, and CS, are also linear molecules:

0=C=0 S=C=35
(There are two-electron pairs on the central atom carbon in each case)

Planar Trigonal Molecules : Boron trifluoride, BF,, .is a tetra-atomic planar

trigonal molecule with the bond angles of 120°. The Lewis structure of BF, show;
there are three electron pairs surrounding the central Bon atom.fln terms gs

Clectron repulsion model, these electron pairs must be arranged as far apart

Possible to minimize the repulsion, itis achievec.l by placing thrfec ﬂfu]ozr(n)rle atoms
A the three corners of equilateral triangle in which each angle is 0 :

F
.als,.l20°

F v

BF, molecule
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" In terms of the hybrid orbital model, boron atom undergoes sp* hybridizatig,

producing three sp* orbitals.

B=1s?, 25 2p,' Excited Is?, 25, 2p,', 2p," Hybridization Three sp? orbitals,

These orbitals are arranged trigonally in one plane (Coplanar) (Refer sp?
hybridization). By overlapping with 2p orbitals of fluorine atoms, thc. sp* orbitals
form three sigma bonds giving BF, the planar trigonal structure. (Fig. 4.17).

Three sp? orbitals of Boron.

SEER) e

of Fluorine

FIGURE 4.17

F
ST

H

e
.H/C=<H

H|

The planar trigonal geometry of Ethene has already been discussed if sy
hybridization. Sulphur dioxide, SO, and the carbonate ion, CO,*, both ha**

planar trigonal geometry because both Sin SO
sets of electrons surrounding them.

0

o)

l

(&

.
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Tetrahedral Molecu!es + Methane, CH,, is a tetrahedral molecule with bond
ngles 109°.28" (See Fig. 4.11) The Lewis structure of CH, is represented as :

H

X
HxCxH

X

H

In terms of electron pair repulsion model, there are four active sets of
electrons surrounding the central carbon atom. In order to give maximum

separation and minimum repulsion, the four hydrogen atoms must be directed
towards the four corners of tetrahedron.

In terms of hybrid orbital model, carbon uses sp® orbitals to form sigma
bonds with the hydrogen atoms as shown in the Fig. 4.18 (It has been discussed
in sp* hybridization). Like wise all the compounds of CX, type such as CCl,,
CBr, etc. are tetrahedral with bond angles of 109°.28’

Overlap of atomic Molecular orbitals
orbitals

Il FIGURE 4.18
structure of the methane molecule (the small lobes of the sp* orbitals have been

Omitted for simplicity). '

:ihape of Ammonia : The Lewis structure of NH, shows that the central atom
8¢ is surrounded by four electron pairs. In term of electron repulsions
L the tetraheral structure gives the maximum separation as in the case of

.
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CH,. However, there is one lone pair electrons on nitrogc:,\ whichorcpcls the
bon‘(.ling pairs with the result that angle is reduced from 109° to 107°,

FIGURE 4.19
Shape of NH; molecule.

In term of hybrid orbital m
orbitals to form sigma bonds with three h

0 t
o e Y

Three Hydrogen atomg: - H/\\ H
' H

Sp? orbitals of Nitrogen

FIGURE 4.20
Shape of NH, Molecule.

» COnsequently the non-bonding °‘b§ml
ATger orbita] Compresses the bonding
orbitals slightly reducing the bond angle in the NH, ta 107°
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shape of H 2O.: As per Lewis Structure, the central atom oxygen is surrounded
by the four active sets of electrons and according to the electron pair repulsion
model, thetetrahedral arrangement would give maximum separation and minimum
epulsion. However, the bond angle (H—O~~H) is 104.5° (Fig. 4.21). The
deviation in the ang.lc is due to the presence of two lone pairs as cxplain;:d ir; case
?ri) 1:1}{130; h; r;:g;x.lgzc‘)n of the lone pairs and the bonded pairs reduces the angle

p—

x O

FIGURE 4.21
Shape of H,0

In terms of hybrid orbital model, oxygen utilizes two of its sp’ orbitals to
form sigma bonds with the two hydrogen atoms, leaving two non-bonding

orbitals on the oxygen.

—

g Two Hydrogen atoms s ;

Four sp’

Orbitals oxygen

‘PaceAs ®Xplained dbove, the non - bondi
~7ence they compress the bonding ©

g

FIGURE 4.22
Shape of H,0

ng orbitals ocCupy the large volume gf
rbitals and reduce the angle H-O-Hin
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water to 104.5° giving angular or bent structure (Fig. 4.22).

Likewise, sulphur dichloride, SCI, is the angular molecule.

* 4.11 HYDROGEN BOND

Besides theionicand covalent bonds which are the normal or primary bonds,
there exists another type of bonding bassd on physical interaction of

hydrogen atom called hydrogen bond. .
When hydrogen is bonded to highly electronegative element suchupxtrogcn,
oxygen or fluorine (¢.g. NH,, H,0, HF), the molecule will be polarized and
becomes dipolar. The slightly positive hydrogen atom is attracted by the
slightly negatively charged electronegative atom (N*- - H*, O*-~ H*, F*-H"),
Anclectrostatic attraction between the neighbouring molecules is setup whea the
positive pole of onc molecule attracts the negative pole of the neighbouring
molecule. This type of attractive force which involves hydrogen is referred toas
hydrogen bond; it is sometimes known as protonic bridge. To distinguish a
hydrogen bond, it is best to write it as dotted line. The hydrogen bond causes the
association of molecules as shown in fig. 4.23. Hydrogen fluoride and wa-
ter, for instance are represented as (HF), and (H,0),.

H "8’ “80 "8v

iy 5% el I ¥,
o W™ O'-s—uco .e 98___ HS.:.. 08 HS:.” OE-. 80

: : : :
‘;8- ,‘llSO ;*8' ;ls.
5‘ 8 - l ~ l - 5
0.0 m e _—H:.. OS-—HS:QO 05'——- 8:00 0-8--H,
(ﬂ’lx
- 8.
¢ : s
0. .0' .‘
o N o NG\

s H H H H. H,
', &= e o &
. / '. ;/ “,..o’x 0‘ ;'/

FIGURE 4.23
Assoclation of HF and H,0 through hydrogen ‘;'9:‘_‘1"/
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Notice that within r'nolcculcs. atoms are joined by strong covalent bonds but
petween the ncigtht.mng molecules, hydrogen bonds exist. Thus hydrogen
bonding is nothing butinter molecularattraction. The tendency to formhydrogen
bonds increases rapidly from N-H through O-H 1o F-H and decreases from F-H
o Cl-H and from O-Hto S-H. Thus the tendency of amolecule 1o from hydrogen,
ponds depends upon its ionic character which in tum depends uponthe difference
in clectronegativity (AEN). Fluorine with the highest electronegativity forms the
swongest hydrogen bonds. The bond strength (bond energy) of HF, H,0 and NH,
(hatiis. for H.. R HN .. O and H......N) is 41.8, 29.4 and 8.4 KJ mole"'!
respectively. However the greater number of hydrogen bonds known are those
which unite pairs of oxygen as in H,0. _

Although the hydrogen bonding is the strongest of the secondary bonds, it
isstill weaker than a normal covalent bond. It is evident from the fact that bond
energy of hydrogen bonds is 2040 KJ mole™! as compared to the bond energy of
150-500 KJ mole™ for normal covalent bonds.

The hydrogen bonding greatly affect the physical properties of molecules.
For example, the first hydride in groups VA, VIA and VIIA of the peri-
odic table (NH,, H,0 and HF) have higher melting and boiling points than
;h" other hydrides of these groups (¢.g. PH,, H,S, HCI etc) as shown in the
18. 4.24, ,
_ Note that although fluorine is more electro negative than oxygen, water has
dhigher boiling point than hydrogen fluoride. This is because, the oxygen atom
two non-bonded pairs of electrons and there are two polar hydrogen atoms
)Ph‘-sem enabling three dimensional bonding, where as in hydrogen fluoride,
there jg only one polar hydrogen atom and it is therefore only possible for chains

o limiteq length to form.

The most interestin | bonding is seen in the crystal
g impact of hydrogen bonding e T
“eture of ice which causes waterto behave abnormally from 0°C~4°C. Crystal

A “Ure of ice shows a tetrahedral arran gement of H,O molecules. Each oxygen
w “VTounded tetrahedrally by four others, 1, 2, 3, 4. The hydrogen bonds
"By dotted lines (Fig. 4.25) link the pairs of oxygen atoms.

P
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TEMPERATURE IN °C.

-100

MELTING POINTS SOIUNG POINTS
FIGURE 4.24
The abnormal melting and bailing points of water, hydrogen faride and

L)

¢ ’ )
y
’

¢
‘s

FIGURE 4.28
Crystal structure of ice.

A
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The arrangement of the water molecules in ice is an open struciure and due
o larger volume, ice s less dense than liquid water. When ice melts some of the
hydrogen bon.ds are brol.ccn anq the molecules pack more closely together so that
water has a higher density. This breaking down process is not complete unti] a
emperature of 4°C isreached at which water has the maximum density. On these
basis, the anomalous behaviour of water can be explained, that is, water when
heated from 0° to4°Ccontracts and when cooled from4°Cto 0°C, water expands
(contrary to the behaviour of other liquids).

PROGRESS TEST 4

1. Describe the main types of bonds. What physical properties are associated
with the molecules containing these bonds.

2. Whatis polar colvalent bond? Do all polar molecuies contain polar covalent
bonds? Do polar covalent bonds necessarily have polarity on a pelar
molecule as a whole? Support your answer with more specific examples.

3. Distinguish between the following:

(i) Atomic orbital and molecular orbital.
(i) Sigma and pi bonds.
(iif) Valence Bonds theory and Molecular orbital theory. :

4. Whatdo you understand by the term Dipole moment? Explain thesignificance
of dipole moment. :

5. What is meant by sp® hybrid orbitals? How do they diffe
orbitals?

. Describe how electronegativity of atom us

bond formed between two elements. Explain giving exa

Write note on Bond energy.

at are the most important secondar

9, g"lcclllcs? How do they affect the Ph)’f‘c

0°“{ ¢an the theory of electron pair repulsion
Simple molecules.

| & “tyllium chloride has a linear shape where as Waict molcclu!z: :::51::;
"1De. Account for ihis difference in terms of electron pair ;epuisi

11, 20 orbital model,

ict the shapes of the following molecu

P
% PH, B, S,

rfroms-andp-

s can be used to predict the nature of
mples.

ndary bonds present in H,0 and HF
al properties of compound?
be used to rationalize the shapes

les:
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