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CEIARPTBR = 4

CHEMICAL BONDING

4.1 ENERCETICS 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
o 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 Covalens 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). As a matter of fact
%oms of the inert gases have eight electrons in their outermost orbit, excepting
!’di“m which has only two electrons. These gases arc very stable and donot enter
M0 chemical combination under ordinary conditions and therefm:e they are
g have stable orbits. Atoms of all the other cl::lnents :nv:i mmt:lfhte
i lete them by chemical combination with the
W\ulluns.or'll?ll:; mﬁdct:ngmonm beachieved either by the transfemn.ce
?ﬂuﬁng of electfons among themselves. It isthe tendency of atoms to acquire
ert gag configuration which causes the atoms to form chemical bonds.
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42 FLECTROVALENT OR IONIC BOND

This type of chemical bond proposed by Kossel is formed as a resuk of
complete transference of one or more electrons fromonc atom to 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 electrostatic attraction between positive and negative ions.

Ionic compounds such as NaCl and MgO are formed by the elements of low
clectronegativity (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 in ITIA due to their low fonlze

tion potential and low electronegativity, lose one, two or three electrons t0
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 beiwesn e
metals and non-metals of the adove nentioned groups, It us consider the enet ~_.:
changes involved in the formation of say, sodiuns chloride from sodium M

chlorine atoms.

(0 Sodium in the ground sate has the leczonis configurarion of 1, 07
35, i.¢. it has one valence electron. The loss of the valence electron requiics #
KJ mole™', the resulting Na* has complete ociet,

Na —> Naty+e  AH=+495 K¥/mole
1s?, 2¢%, 2p¢, 3s! 1s?, 2¢%, 2p°
(118) (108)
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(iiy Chlorineatomin its ground state has the electronic configuration of Is?, 2s?,

2, 3%, 3p’, that s, it nc.cds one more electron to complete its octet. The gain
of one electron by chlorine releases energy which is equal to 348 KJ mole™',

Qp+&——  Cr,  AH=-348KJ/mole
184,264, 2p%, 35, 3p° 187, 252, 2pf, 352, 3p8
(17 €) (18 ¢)

The encrgy difference (495-348=147KJ/mole)is more than compensated when
the op;?osxtc}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

T
] L |
L L_?_ﬁ:—j Q0 = CI'

o =Ni

X
o)

N

FIGURE 4.1 1T
Crystal structure of sodium chloride, showing (right) the octabedral

arrangement of six sodum ions around one chiorida ion,

\

Aactive forees in foc crystalJattice greatly reduce theencrgy of the s.ystf:m there
Y Making it stable, Thus the more important stepis the third step whichinvolves

*lormation of crystal lattice.

. =-788.0 KJ/mol
(lll) Na’(‘) + Cl..w — Na CIIS) AH 788

The energy released when one mole of gascous ions arrange themselves in
M pattern 1o form crystal Jattice is referred to as the lattice energy. Itis this
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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 ionic forces in their crystals. Lot of thermal energy is required to break thos¢
forces. |

(iii) Ionic 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) onic componds are invariably electrolytes, because in the presence of #
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polar solvent such as water, the interionic forces are so weakened that the ions are
separated and .thc free ions are able to move under the influence of electric carrent.
In fact the ionic compounds conduct electricity even in the fused or melted state.

43 COYALENT 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 transfer 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:

Unpaired electrons Shared pair of electrons Covalent bond
) d
Cl/ \Cl — ClCl OR C1 — 0

Electrons that are shared between two atoms are the bonding electrons and are to
becounted toward the octet (ordupletin case of hydrogen) of each of the bonding

om. As the shared electrons spend much of the ime between the nuclei,
resulting in the attractive forces between negative charge of electrons and positive
tharges of the two nuclei. This type of chemical bonding is known as covalent

the one shared pair of electrons forms a

In chlorin for instance,
Ef e (Cl — Cl). The sharing of

tngle covalent bond between two chlorine atoms ng 0
s in a covalent bond brings the bonded atoms closer together which is

reﬂwﬁm the bond energy data of the bonds. Forexample, whentwo chlorine
Homs form a single cov.:f:g bond, 242 KJ/mole of energy are released.

2 AH = -242 KJ mol*
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gle covalent bond is that the spins of the bopg

Another normal feature of a sin :
becomes paired in the bopg

forming electrons, unpaired with separaie atoms,
formation.

ovalent bond as méntioned in Cl, molecule, atoms als

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

form multiple bonds, thati
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
b . - l .. - .L ..
.9- + -Q. - 9 . 9 or Q ° Q

Nitrogen atom, on the other hand, has five electrons in the valence shell,
therefore, the formation of N, molecule would involve sharing of three electo®®
from each of the two atoms as shown below. A riple bond as in N, is rtpr\"f»lﬂ“Cd
by three short lines. :

Three shared pairs Triple bond
£ . "l 1
IAEESRIES S FENCONT T for N=N

. The bond &mccs 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 b0

Covalent Bond Bond Distance Bond Energy

c=C 1.54A 347 KJ moE
C=C 1.34A 598 KJ mol™
CsC 1.20A 820 KJ mol” __
cl-Cl 1.99A 242 KJ mol™
0=0 1.21A 498 KJ mol™ _
N=N R H S 946 KJ mol” _
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Generally there is shortening of 0.204 for any double bond and 0,34 A
shortening for any triple bond.

Notifc t.hat the cxam;?lcs givenso farinvolve 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 sharing of electrons takes
place between dissimilar atoms,

L1

Hx+ 0 +xH-HxOxH OR )
7N
H H
.. . . LA e 8_8"'
Q"+ C: + 0> §:Cu0 OR O=0C=0

The shared electrons are attracted more towards more clectro negative atom
(Oxygenin both cases). Sucha pairof electrons constitute polarbond making one
part of a molecule partially negative (5-) and the other partially positive (8 +).
Amolecule 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
a definite 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 clecuically neutral and have little attractive

forces for each other.

(@) Covalent compounds, since they exist asseparate molecules are expected o
be volaile liquids 1::'0 gases or low melting solids (held together by weak Vander

Wazals forces),
(1) Thess are non-electrolytes i.c. they do not conduct electricity.

(iv) Covalent compounds are generally insoluble in water and similar polas
“lvent buy soluble in the organic solvents.
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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 the 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 jonic character, and the term co-ionic instead of dative, is intended to

describe this state of affairs.

EXAMPLES

(i). Phosphorus Oxychloride, POCL,,

<l :Cl:
- e .o l
:Clx P i Cl: which may be representedas Gl — P _@,
4 oc. l
: 0: 10t
:('I:i:
or as ¢l — p‘_@:
le
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(i) Nitro methane, CH, NO,
g °: H O,
H %0x N.h: e
X xR or H—c':_.N
H o i \.0..
H (4]
Y 4
or H— C—=N©
e
: H o°
(iii) Ammonium ion, NH}
H:N: H° o H-T_,H"
X
H =AY =

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

4S DIPOLE MOMENT

{= dis

lance between the two poles. A magac vl
Magnetie : g jar molecule)-tends to become onented in
Mg field. Likewise a dipole (PO

field. The extent of this tendency isreferredtoas the dipole moment,

B
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f. 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 (=exd where
¢ = magnitude of charge, d = distance between charges). The dipole moments

were expressed in debye units (after the Dutch physicst Peter Debye), but now
they are expressed in S.1, units as coulomb metre (Cm).

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

The dipole moments are of the order of 10-°Cm 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 107 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
geometry of a molecule as a whole. For diatomic molecule, polar bond means
polar molecule, that is the two co

Acepts coincide. The diatomic molecules
consisting of different a

toms are more or less polar. Greater the dif ference of
electronegativity,

4 EN, greater would be the polarity (see table 4.2). The pure
covalent molecules consisting of similar atoms wil

Uhave = 0 as there is no
charge separation lavolved. B =0 as there

For polyatomic molecules, dipole moment not on|

For px o y depends upon the
polarity of its bonds but it also depends upoa the geometry of thl: molecup;::. S0,
and CQ,, for instance, both contain polar bonds but the angular sructare of SO,
results in 2 dipole moment of 5,336 x 10" em, while for linear CO,, p=0.

o+

S
A RS T
0 o R

_ o)
h\*
p=5336x10%Cm k=0

The netmolecular momen tixindicatedby(-b)lndixisme tor sum of the
individual bond moments, InCO, , the double vector

lie on one straight line, "
is, molecule is perfectly symmerrical. Hence although both bondf in CO, 2

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 consnficr carben tetra chloride (C Cl ,) 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
340 x 10 cm due to its asymmetrical structure. Dipole moments of some
malecules are given in the table 4.2,

Table 4.2 Dipole moments in debye and coulomb metre.

Molecule (p = debye p=Cm | Molecule |[p=Debye | p=Cm
() H, 0 0 (V)HO | 103 | 3.436x10%
(i) CL, (o] (o} (viDHO | 184 |6137x10™®
(iij) cC1, o 0 (vili) NH,| 146 |[5.002x 10
() Co, o 0 |[(@CH| O (o)
\
(V) HF 1.90 6.369!10'” (x) a'la, - 1.02 3.40x 10°®

46 10N ENT BOND
(ofof F COVAL ,
IARACTER O (L, 0, and N,

It wag tion that in case O
made clear in the previous seC
: t
M:!.quheu the atoms areidentical .hg;medelecmmequallyumc ed

identicg I i neither atOM altTacts electrons more strongly
the ey I:d el.:tl'onthe elem"i:::ﬁ 1y is distributed equally over the two atoms
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in a molecule. Ci,, O, and N, molecules are therefore non-polar.

__ The molecules consisting of different atoms such as H,0, HF etc. present a
different situation. In these cases, the shared electrons are not equally attracted.
InH,0, forinstance, oxygen anracts the bonding electrons to a greater extent, The
electron cloud of the molecule is shifted towards oxygen so that this cr;d of
fnolcculc has a greater concentration of negative than positive charge. Similar]
inHF molec.ulc. fluorine is more electronegative, so this end has greater portioz
of the negative charge (Fig. 4.2). Consequently in both the molecules, H,0 and

ity distribution in the HF molecule.
large parion of the electron density cioud, |

indicated by using the symbols § and § when §
i (delta -
electrostatic charge separated between the two atoms ( 8—) ic%'ff“ol)s the partial

=
AN
H H*?®

The covalent bonds in H,0 and HF are therefore polarbonds. These covalent
bonds are not pure covalent but they have partial 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 is 64% ionic and H-C!
is only 17% ionic. The partial ionic character greatly affects the propertics of 8
molecule. For example, melting and boiling points of polar molecules are high
and they are soluble in the polar solvent such asH O, Further more, the presence
of partial character shortens the covalent bond, that is, pulls the atoms close!
together. For example, the expected H-F bond distance is 1,01A where as the
actual value is 0.92A. Due to shortened bond distance it is quite obvious that the

H* _F&-

i
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bond energy must increase accordingly. For exam
| : ple the bond energy of H-F
molecule is 268 KJ/mol more than the calculated value. :

47 BOND ENERGY

The energy change in chemical reactions is due to the bonds being formed
and b:joken. A chemical bond is the link between two atoms and represents the
lowering of energy. Work must be done if the atoms are to be separated. The
energy required to break a bond berween two atoms in a diatomic molecule is

known as the bond energy. It is expressed in kilo joul :
change per 6.02 x 10% bonds): Joules per mole (i.e. the energy

H-Rigamt=sa . 2Hg A H =435 KJ mol"
Hydrogenmolccule  Free atoms of Hydrogen

0=0, - 20, AH= 498KJmol*
Oxygen molecule Free atoms of oxygen

.Allematively, 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):

Hy+ Hy— H-H,  AH=-435Kimol"
0 = -1
ot O0,—>0=0, AH=-498KImol

Notice that the breaking of bonds is endothermic and making of bonds is
™mic process.

?ond energy is the measure of the strength of bonds. Generally, bond

$1¢3 of polar bonds are greater than the pure covalent bonds (non polar):

d-Cl, 5 201,  AH=244KImol”

N"‘“N.m,q,b = :

N : -1
:l.\ Q& —) How + q-w AH= 431 KJ mol

B
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[tis worth while to remember that the bond energy depends upon the partia)
ionic character of a covalent bond. Larger the ionic character greater the valye of
bond energy.

& & & & & & &

Pol lecul
olar moiecuies H-F H-Cl H-Br H-1

Bond energy (KJmol™') 565 431 364 299

thc value of bond energy also depends upon the bond distance. Shorter the
bond dtstapcc. 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—C 1.54 A 347
C=C 1.34 598
C=C 1.20 820
N=N 110 946

Information of bond energycanhelpin ““delﬂanding of chemical reactivity-
For instance, bond energics of H, and O, are higher than for most diatomic
molecules and are sufficiently high sothatwhen their molecy]es 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
molecules. I 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
the 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
an electron 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
electron density in the region between two nuclel 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

F
Tﬁl::E ;zmmlc orbitals and the resulting molecular orbital represented

In tarms of charge clouds.

“eotron A

Pareny ity between the two nuclel, is 1ess
atomic orbjtals from which it s derived:
% orbital. The energy difference of bo
orbl% Fig.4.4.
's shown by the energy diagram A 1&%

stable than either of the
is known as antibonding
nding and antibonding

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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l
et \ "+
sigma bonding
stomic orbital atomic orbital molecular orbital (&) of Hz
H‘\ /H ' Hi ' H
hydrogen atoms with I
o:po.ltn electron spin Sigma Star Antibonding
Molecular orbital ( &)
FIGURE 4.5
The hydrogen molecule.

F XD — @

Sigma Bonding Molecuiar orbital ol HF(¢)

(") (F)

Sigma Antibonding Molecular orbital (o)

F'GURE 48
Hydrogen Fiuoride molecule (HF)

ital of one fluorine
Pp type overlap is seen in F molecule where 2p:z orbital o
%ﬂ“p‘ 2p Otbual:f; the other ﬂuonne 1o form F-F sigmabond. (fig. 4.7).
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+ (D) — =G

29. 2 Sigma Bonding Molecular orbital of F, (o)
F
& e

Sigma Antibonding Molecular orbital (o)

FIGURE 4.7
Flourine molecule (F2)

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

the nodal plane (Fig. 4.8). The electrons colecu'on density below and aboV®

: ’ Ntained ip i i bond’
ing electrons yvhtch form the pi bqnd. s ‘:le(:. ‘l‘i‘n:a:lr; Z;lnl::uei::l:;n ;
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~
l (@) 7~ bonding (b) Nodal plane

(6) m* Antibonding
FIGURE 4.8

With respect to the bond axis, rather it has a nodal plane; the rotation about
e 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 &t 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

uires the atoms or groups at either end of the molecule should lie in the
“ime plane, je. they must be coplanar. Any rotation of the atoms
" groups at either end, with relative to one another requires sufficient energy to
break the Pi-bond. At room temperature, the molecules containing pi bond such
the tnes do not have sufficient energy to allow the-rotation to take place, and

Tesult is the restriction of rotation.

Oxy O, molecule is formed by the combination of two oxygen atoms. Each
the ,';" &om consists of two partially filled 2p,and 2p, orbitals. 2 p, orbitals of
On .. 2OMS Overlap end on to form a sigma bond leaving 2p, orbitals parallcl
the . ¥Oatoms, The side to side overlap of 2p, orbitals form a pi bond between
"0 0xygen atoms,

e — R ——
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Completely filled

Hall filled p_ and p,

J

Figure 4.9 Oxygen molecule,

(px omitted for simplicity)

Fig: 4.9 Formation of sigma bond and

Thus oxygen molecule consists of o

Similarly in nitrogen molecule, the
bond).

From the above discussion we con

pi bond between two OXygen atoms.
ne sigma plus one pi bond (i.e. double bond).
re is one sigma plus two pi bonds (i.e. trple

clude that all the single bonds are sigma

bonds, double bonds are one s; gma plu

sone

sigma plus two pi bonds. Further more, a pi
the side ways overlap is less effective than

4.9 HYBRIDIZATION

Valency is generally regarded as (|

Pi bond and the triple bonds are on¢
bond is weaker than sigma bond &
the end on overlap.

valence shell of an atom, However, this
Beryllium, Boron, Carbon etc. Th

© number of unpaired electrons in
ruleis disregarded in some cases such

their ground states (low energy st

Is

¢ electron amangements of these elements "
ates) are given below:

2s

2p, 2, 2,
. I |
AR s

Scanned with CamScanner



137

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 hybrid 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

Sp’ orbitals. are directed towards the four corners of regular tetrahedron in which.
each angle is 109°. 28'. (Fig. 4.10). These orbitals can form stronger bonds than
cither s—OF p= orbitals because of their size they can overlap more effectively. Sp*
hybridization occurs in the saturated compounds in which the carbon is atrached

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

overalp with sp? hybrid orbital of the carbon atom to form four sigma bonds; the

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

involving sp® hybridization are CCl,, SiCl,, SnCl < €1¢. All such molecules have

tetrahedral geometry like methane.

e

high density associated with
shured pairs of electrons
loribital overlap)

- e EmaTeawe e

Methane

FIGURE 411
Orbital overlaps in methane between
hydrogen ls-orbitals [spherical) and

high densit

¥ associated with
" '7¢d pairs of electrons carbon sp’ orbitals.
Oribita] Overiap)

e S

S (Tr igonal) hybridization: The mixing of one s- and two p- orbitals

roduce three sp* hybrid orbitals is referred to as sp* or trigonal hybridization.
"¢ Orbitals are co-planar and directed towards the comers of an cquilateral
to each other (fig. 4.12). sp* orbitals arc

gonal) at angles bf 120 and they are considered to have a

diff,

Tt than either s — or p — orbitals o Ak

not ‘rthat is one third s and two thirds p. The fourth pure p = orbital which s
"olved in hybridization remains unhybridized at rightangles to the plane of

bonsdzlol‘bita]s (Fig. 4.12). Like sp’ orbitals, the sp orbitals can also form sronger
Qb ause on account of their size, they can overlap more effectively with the

Of the other atoms.

o
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“= @@ s p-orbital
sp
(a) -E,
sp
(b)
(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 (CH,). 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 1wo carbon atoms ¢ch

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

"‘;3~ g*:;.:‘.
123 S c—c:'\
ey

Molecular orbital diagram of Ethylene
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plaoe 10 form a = bond (Fig. 4.13), Carbon-oxygen ( X = 0),
()¢ =N-) and other double bonds are formed in the same way.

sigma and one pi) making up the double bond are not equi

(sigma) bonds. It may be pointed out here that B
bond making (Section 4.9).

carbon-nitrogen
The two bonds (one
valent to two single

oron also utilizes sp? orbitals for

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

unhybridized 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 hybrid orbitals
orbital.
uthybridized
P-orbitals

IGURE 4.14
5; hybrid orbital with unhybridized

P, P orbitals.

ymetry of the
useful in explaining the geometry o
%l&gyxgglﬁ:n?:: mvgm to two other atoms Or groups such as

"yne or acetylene (C,H,).

' tals overlaps with one sp orbital of
the &ﬁy&mmﬁx gnﬁhllc the two remaining sp orbitals

Scanned with CamScanner



142

form sigma bonds with hydrogen atoms. The unhybridized p-orbitals overlap i
parallel manner and two pi bonds are obtained in planes at right angles abov:
below and oneither sideof the linear molecule (Fig. 4.15). like carbon, Berylliy
utilizes sp' orbitals in bond making (Section 4.9). .

iy I ke e

EZE) + (2B o Y

H #: l Sr
H H
o
7 o 7
o ‘ o

px )x

e b B 2L

H
FIGURE 4.15
Bonding in Ethyne molecule

4.10 SHAPE. OF SIMPLE MOLECULES
A simple molecule

(i) Electron pair repulsion.model (ii), Hybrig orbital model

The hssumptions of these models sy

: mmari . ide
lines to cxplam the shapcs of mOlQCulgs, zed below will serve as the gu!

The electron pair repulsion model: This 5 cof8
covalent molecule is due to SIGWICK ang p PProach to the structu

0
They pointed out that the shapes of WELL (1940).

: > Of molecules can be dctcrmiﬂ‘d b
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 IWO 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
 to~e Pae:  part in sharing. They are also called NON-
R 03 H BONDING PAIRS. They are also considered to be
A\ oo uas.  ACTIVE SET OF ELECTRONS,

2. Being 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 ortient theinselves 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. e

5. In case of molecules with double and triple bonds, 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 ¥,
BeCl;; CH; CO,;

2 Linear a— o ——2x  180° S

A BF;; C;H,; SO;;
3 .l;lz.mar él.é 120° o

rigonal X

y CH; NH; H,0

4 Tetrahedral 109° cql,; CBr,
A&‘ :
f 4

hy Hybriq Orbital Model assumes thatit is the nature of hybrid orbitals (i.c.

ization) whichdemnﬁncstheshtpeofa molecule. fah lf

i i th an angle 0
laoofp'hybﬂdiuxion in the central atom gives lincar molecule with an ang

B
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sp hybridization in the central atom gives planar trigonal structure with 4,
angle of 120°.

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

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

spXhybridization with two non-bonding orbital on central atom gives ben
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

w_l:ecausc,thcrcareonly Iwoatoms in adiatomic molecule. Molecules containing
more than two atoms can also have the linear shapes

Chloride (BcCl!) is a triatomic linear molecule with th

@-®-@

The Lewis structure of BeCl, is represented as -

for example, Beryllium
e bond angle 180°.

C”‘ Be x (] .

, these 8
possible, that is, the two chlorine ato Pairs must be arranged as far 8p3"

: : ms should ¢ ite side
beryllium which would give the linear stfucturz?lé?(im e

In terms of hybrid model, beryllium uses its sp.-hybrid orbitels it ™
making (i.e. beryllium is sp-hybridized). S€s its sp-hybrid orbitals
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Be = 1s?, 25% Exciwed Is", 2¢' 2p,' Hybridization Two sp' orbitals.
Both the sp' orbitals are arranged linearly at an angle of 180°. These orbitals

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

—_—

180°

T~ 066 |

FIGURE 4.16

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

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

O0=C=0 §S=C=38
(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 Born atom.flnr; terms gs
tlectron repulsion model, these electron pairs must be @ﬂng gt apart
Possible to minimize the repulsion, itis achiech by placing thx?c f}“lozfz)‘:e atoms
Athe three corners of equilateral triangle in which each angle is 0 :

F
.a'«,_l20°

i, B
F/‘...\E

BF, molecule
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" In terms of the hybrid orbital model, boron atom undergoes sp? hybridizatiop
producing three sp* orbitals.

B=1s?, 25%,2p,' Exciied 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, the sp? orbitals
form three sigma bonds giving BF, the planar trigonal structure. (Fig. 4.17).

+3(2P) —s

&

of Fluorine

Three sp? orbitals of Boron.

FIGURE 4.17

H . H]

B
..“/C : <H

The planar trigonal geometry of Ethene has already been discussed if 7
hybridization. Sulphur dioxide, SO, and the carbonate ion, CO,*, both have
planar trigonal geometry becausc both § in §O, and C in CO,* have three active
sets of electrons surrounding them.

o)

l

S i
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Tetrahedral Molecu!es : Methane, CH,, is a tetrahedral molecule with bond
angles 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

FIGURE 4.18
The structure of the methane molecule (the small lobes of the sp® orbitals have been

ﬁ.h'p' of Ammonia : The Lewis structure of NH, shows that the central atom
08 i surrounded by four electron pairs. In term of electron repulsions
L the tetrahedral structure gives the maximum separation as in the case of

. .
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CH,. However, there is one lone pair electrons on nitrogen which repels the
bon‘ding pairs with the result that angle is reduced from 109° to 107°,

FIGURE 4.19
Shape of NH; molecule.

_ In term of hybrid orbital model, Nitrogen utilizes three of the four sp’
orbitals to form sigma bonds with three

i le may be ex-
the non-bonding orbital. : g

0 "y

7o m—

- Three Hydrogen atoms ‘ “/,k\"
H
Sp?® orbitals of Nitrogen

. FIGURE 4.20
Shapo of NH, mol.cu‘..

Clei; consequently the non.bond orbital
occupies large volume of space. The larger orbita) :ogpm l:::ngmdms
orbitals slightly reducing the bond angle in the NH, 1q 1070
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snape of H,O : As per Lewis Structure, the central atom oxygen is surrounded

by the four active sets of electrons and acc

ording to the electron pair repulsion

modcl.(hctctrahcdralarrangcmcntwouldgivc maximum separation and minimum

epulsion. However, the bond angle (H—O

deviation in the angle is due to the presence

of NH,
from 109° to 104.5°.

H) is 104.5° (Fig. 4:21). The
of two lone pairs as explained in case

. The repulsion of the lone pairs and the bonded pairs reduces the angle

————

-
-

mx 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
orbitals on the oxygen.

atoms, leaving two non-bonding

P ———

QQ®

F
OUr sp’ orbitals oxygen

+2(1s)

Two Hydrogen atoms

FIGURE 4.22

Shape of H,0

L

9 ac:s €xplained dbove, the non - bonding
they compress the bonding orbit

g

orbitals occupy the large volume of

als and reduce the angle H-O-H in
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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 theionic andcovalent bonds which are the normal or primary bonds,
there exists another type of bonding bassd on physlical interaction of

hydrogen atom called hydrogen bond. .
When hydrogenis bonded to highly electronegative element suchastutrogcn,
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*, 0%~ H*, F*-H*),
Anclectrostatic attraction between the neighbouring molecules is setup wheathe
positive pole of one molecule attracts the negative pole of the neighbouring
molecule. This type of attractive force which involves hydrogen is refetred to 2s
hydrogen bond; it is sometimes known as protonic bridge. To distinguish 2
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 w2

ter, for instance are represented as (HF), and (H,0),.

}: ll‘s’ ‘;80 }:Sv
S 5 - o e
- o-- O.—H'O . 98—— Hso:oo OE_HS:..o 9§—-H8
: : ‘ :
H 5= HSO ;ls. ;{ Se
' &= Se ' - l = l - 3
b XA .—H P OLBS:.. Os—- 8:00 OLH'
(W’lx
- s.
F F &
ot .‘l .
5'.'. \ &* IS \ A ¢ ." \ st
H H 3 5%, H
\. 57“ ~ / " H .
.. L a s. .‘. . A
. e (H0)x s ; L
FIGURE 4.23
Assoclation of HF and H,0 through hydrogen bonds:
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Notice that within r.nolcculcs. atoms are joined by strong covalent bonds but
petween the ncighboqnng molecules, hydrogen bonds exist. Thus hydrogen
bonding is nothing lzutmtcr molecularattraction. The tendency toformhydrogen
bonds increases rapidly from N-H through O-H 10 F-H and decreases from F-H
1o Cl-H and from O—H to S-H. Thus the tendency of amolecule to fromh ydrogen,
bonds depends upon its ionic character which in tum depends u ponthedifference
inclectronegativity (AEN). Fluorine with the highest electronegativity forms the
srongest hydrogen bonds. The bond strength (bond energy) of HF, H,0 and NH,
(that is, for H......F, H......O and H......N) is 41.8, 29.4 and 8.4 KJ mol¢"!
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
is still weaker than a normal covalent bond. Itis evident from the fact that bond
encrgy of hydrogen bonds is 2040 KJ mole-! as compared 1o the bond encrgy of
150-500 KJ mole™ for normal covalent bonds.

The hydrogen bonding greatly affect the physical propenties 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
gle :ther hydrides of these groups (¢.g. PH,, H,S, HCI etc) as shown in the

g 4.24,

Note that although fluorine is more electro negative than oxygen, water has
2higher boiling point than hydrogen fluoride. This is because, the oxygen atom

two non-bonded pairs of electrons and there are two polar hydrogen atoms

)?fescmenabling three dimensional bonding, where as in hydrogen fluoride,
ereis only one polar hydrogen atom and it is therefore only possible for chains

ted length to form.

The most interesti bonding is seen in the crystal
ng impact of hydrogen bonding cry
"thm ofice which causes waterto behave abnormally from 0°C-4°C.Crystal

"X}mnm of ice shows a tetrahedral arrangement of H,O molccules. Each oxygen
*UITounded tetrahedrally by four others, 1, 2, 3, 4. The hydrogen bonds
A by dotted lines (Fig. 4.25) link the pairs of oxygen atoms.

Scanned with CamScanner




152

100 0

20

e e\ |

TEMPERATURE IN °C.

, -200
MELTING POINTS
FIGURE 4.24

WW“WMMM,W..@M

FIGURE 4.28
Crystal structure of ice.
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The arran gcx.ncn.t of the water molecules in ice is an open struciure and due
o larger volume, ice is less dense than liquid water. When ice melts some of the
hydrogen bon.ds are brolfcn anc{ the molecules pack more closely together so that
water has a higher density. This breaking down process is not complete until a
emperature of 4°C isreached at which water has the maximum density. Onthese
basis, the anomalous behaviour of water can be explained, that is, water when
heated from 0° to4°C contracts and when cooled from4°Cto 0°C, waterexpands
(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 polarmolecuies contain polar covalent
bonds? Do polar covalent bonds necessarily have polarity on a polar
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. by
4 Whatdoyou understand by thetermDipole moment? Explain thesignificance

of dipole moment.
What is meant by sp®
orbitals?
6. Describe how electronegativity of atoms
33“‘1 formed between two elements. EXp
rite note on Bond energy. :
k t are the most important secondary bonds Pf.escﬂz_ o Hzgu:gf HF
molecules? How do they affect the physical propertics q corpp ?
9. b Y . : 1 be used to rationalize the shapes
W ¢an the theory of electron pair repulsion

: 1
b “Mllium chloride has a linear shape where as watcf mo!c;n;liz :: :c;xcgluan acrl
; 4P¢. Account for this difference in terms of clectron pair 1<p

Ct the shapes of the following mO

» PH, HS, SCL,

hybrid orbitals? How do they differ from s -and p -

can be used to predict the nature of
lain giving examples.

lecules:
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