CHAPTER # 3 re i

| THEORIES OF’COVALENT

BONDING AND SHAI’ES OF
MOLECULES S

Q1. Briefly give the introduction of
(i) VSEPR theory
(ii) valence bond thecory (VBT)
(1ii) Molecular orbital theory (MOT)

Ans: i. VSEPR Theory:
VSEPR (vaience shali electron pair repulsion) model, which allows us to

connect two dimensional Lewis structures into three dimensional shapes.
ii. Valence bond theory (VBT):
Valence bond theory exnlains how the observed shape arises from the
interactions of atomic orbitals.
iii. Molecular orbital theory (MOT):
Motecular orbital theory proposes tne existencc of orditals that extend over

the whole molecule

Q2. Briefly describe the limitations of Lewis coacept for the formation
of covalent bond.

Ans: Limitations of Lcwis Concept:

The Lewis concept of tormation of couvalent bond as a shared pair of
electrons between two atoms does not provide much heip n dete:mining the
shapes and geom:atnies ot molecules. Similarly, many othar properties such as
bond energy, relative strengths of bonds, and paramagnetism cannot be explained
on the basis of this concept.

Q3. List the different theories of Covalent Bonding.
Ans: Thzories of Covalant vonding:

Thre= modern theories which are used to understand the nature of covalent
bord ond also halp ¢ getermine the shapes of the molecules are.

(i) Tne veiznce sheil electron pair repulsiori (VSEPR pronounced as “Vesper”
theory.

(ii) th3 vaience to.d theory (VBT)

{(iti)  The moiecuiar urbital theory (MOT)

Q4. highlight the Valence Shell Electron Pair Repulsion Theory.

Ans: The Valence She!ll Electron Pair Repulsion Theory:

Tris theory was suggested by Sidgewick and Powell {1940). According to
VSEFR theory, the shapes or geometry of a molecule of ion depends on the



numbe: cf shared pairs as well as the lone pairs of electrons around the central
atom of tha molecule cr ion.

Gi!@espie and Nynolm in 1857 proposed that the arrangement of atoms in a
mpiec.ule is mainly determined by the repulsive interactions among all electrons
pairs in the valence shell of central atom. They named this theory Valence Shell
_Electron pair Repuision Theory (VSEPR).
Basic Assumption of (VSEPR) Theory:

‘The electron pairs around the ceniral atom are arranged in space in such a
way that they keep as far apart as’ possible so that there is minimum repulsion
between them”.

‘ The arrangement of electron pairs in the manner gives minimum energy and
maximum stability to the molecules or ion.

) Before, we discuss the shapes and geometry of the molecules with the help
of VSEPR theory.

QS. Define and explain central atom and how can we predict central
atom?
Ans: Central Atom:

“An atom in a molecule to which all other atoms are attached is called a
certial alom”™.
Finding the central atom in a molécule or ion:
Keep in view the following points for finding the central atom in a molecule
or ion.
i Electronegativity:
Generally, the atom with the lowest electronegativity is the central atom in a
molecuie or ion
ii. Central atom in halogens: .
H and F atom can never be a central atom. Other halogen atoms (Cl, Br and
I) can be a central atom when attached with O atom or more electronegative
haiogens O atoms is not at the centre unless it is combined with hvo other
aiocms as in H:O or OF; or H-O-CI
Binary covalent compounds:
For binary (two elements) covalent compounds and polyatomic ions, the
ceniral atom is the one lhat appears only once in the formula.
it should be remembered that the bonding within all polyatoniic ions is

_covalent. - .
f'_Fﬁt;qula_i Central atom | Formula | Central atom ;| Formula | Central atomt!
'i. BeCl, | Be i. SO, S i. PO~ p |
(ii. CS; i C ii. NH, N i, NH‘,;A N }
| iii. SO, | S iii. PCl, P iit. SO4 , S |
Liv.HS ¢ & _liv. SiHa S v. CrO" | Cr |
iv. Oxy acids:

For oxy acids the atom other than H or O is the central atom. -
Formula rt':egtlal atom Formula Central atom
i, HCIO, Ci i. H;S0; S
it. HCIO4 Cl ii. H:SO.4 S
ili. HNO, N iii. HCIO, Ci
iv. H;qBOJ B . H’}POQ E_ B _P



V. Carbon containing compounds: |
Carbon is the central atom in any Carbon containing coinpounds €.9. In

CO,, CH,, CCl, and CO;*, the C atom is the central aiom.
Q6. Define bond angle and explain causes of deviation in bond angle,

Ans: Bond Angle: ,
“The angle between adjacent chemicai bonds is cailed bond angle’

Causes of Change in Bond Angle:
The causes of deviations from ideal bond angles are the iollowing.-

i Electronic repulsion presence of Lone electron pairs:
The presence of Lone electron pairs on the central atom affect the bond
angle, which in turn, changes the regular molecular geometry. The greater
the number of Lone eiectron pairs on the central atom, trne greater is the
decrease in bond angles in the regular molecular geometry. This is because
Lone pair will exert inore repuision on any adjacent electron pair then a
bond pair on the same adjacent electron pair. The order of decrease in

repulsion between electren pairs is,
Lune pair — Lone pair > Lone pair — Bond palr > Bond pair — Bond pair.

il Muitiple bonds: (bond angle increases)

Bond angles invoiving muitiple bonds are generally larger than those
involving oniy single bonds. This is because the bcnded pairs of multiple
bonds occupy more space than the one electron pair of a single bond.
However, the multipie bonds do not affect moiecular geametry.

iil. More electronegative atom present at neighbour (bond angle decreases):
If all the atoms bonded {o the central atom are not identical, then the bond
angles deviate to same cextent from these in the regular gecmetry, because
of the difference in size and electronegativity of atoms that are not identical.
The bond angle decrecascs with the increase in the electronegativity of atom
bonded with the central atom.

Q7. Explain electron pair geometry,

Ans: Electron pair Geometry:

The relative arrangement of electron pairs around a certral ziem In a
molecule is called electron pair geometry. According to VSEFR theory:

(i) i the central atom is surrounded by two clectron pairs, the geometry of e
electron pairs will be linear and the angle between each electror paw 1s
180

(if)  if the central atom is surrounded by three electron pairs the geometry of the
electron pairs will be triangular planer and the angle bYetween each zlectron
pair iz 120°.

(iii) If the central atom is surrounded by four electron pairs, the gcometry cf the
electron pairs will be tetrahedral and the angle between each electron pair is
169.5

G8. Explain molecular geometry and in which conditions it can be
different from electronic geometry?

Ans: Molecular Gcometry:
“The relative arrangement of the bonded atoms : round a centra! atom in a

molecule is called molecular geometry”



The moiecular geometry depends upen the number of bonds and not on the
number cf eiectron pairs The molecular geometry may or may not be the same as

the e!ectron pair gecmetry. Keep in view tne faiowing pointe while determining the
geomety ¢f the moiacuice

Conditions:

(i) if there are no Lone slectron pawrs on the central atom, then the electron pair
geometry and moiecular geomatry are identical

(i)  )f aii the electron paus aiound the centras atom are sharea (bona pairs) then
there is only one particuiar regular geomelry
‘A structure of molecule in which the shared pairs around a central atom
ocCupy identical positions in space s called a regular geometry”.

(i) If there are lone pair of electrons around the central atom then only the
arrangement of bonded atoms s considered in determining the molecular
geometry. In this case, the moiecular geometry will be distorted or irregular
geomcetry.

(ii) The multiple bonds do not affect molecular geometry, both pairs of electrons
in a double bond behave like a group of two electrons in a single bond or
bond pair.

Q9. Define Geometry and molecular shape of a molecule.

Ans: Geometry or Shape of a Molecule:

A structure that minimizes the repulsion between the pairs of electrons
around a central atom determines the geometry of a molecuie.

Molecutlar Shape:

“A geometnical figure that is formed by joining the nucler of the bonded
atonis by straight ines s called molecular shape " To have a compiete desznption
of the shavpe of a niecule, one needs to know two quantities — bond length and
bond angias |
Q10. Use VSEFK theory to describe Shapes of molecules containing two

election pairs around a central atom.

Ans: Shapes of molecules containing two eilectron pairs around a
central atom AB, type molecule:

A moiecule having two bond pairs of electrons but no Lone pairs around a
central atom always has a linear geometry, because such as arrangement of atoms
keeps the two pairs as for as possible bond angle will be 180°.

:Cl-«<Ber-Cl:  or :Cl—Be-—LCl:

Bond angle = 180°

Electronic gecmetry = linear

Molecular gecmetry = linear

Q11. Use VSEPR theory to describe Shapes of molecules containing
three electron pairs around a central atom AB;.

Ans: Shapes of molecules containing three electron pairs around a
centrafl atom. AB;:

AB; type with no lone pair: |
A molecule having three bond pairs of electrons but no tone pairs around a

central atom always has a planar triangular geometry, bccause such an



arranger_nent of atoms keeps the three pairs of electrons as far apart as possible.
The bond angle wil! be 120°
Exampile: (BCly):

Boran trichlonde (BCls) 1s a typical example of molecules, which contains
three bond pairs of electorns.
Thus BCI; tngonal planar shape

:"(1:1;- 120° (’Ij 120°

:CHB—CI: i
] 120°

Bond angle = 120°.
Electronic geometry = triangular planer
Molecular geomelry = tniangular planer
Other examptes: AlH,, AICH, GaH,, InH,
Q12. Use VSEPR theory to describe AB,E—~ type with one Lone pair and
two bond pairs. _
Aas: AB.E- type with one Lone pair and two bond pairs:
Examples: PbCl; molecule , SnCl; molecule
In case of PbCl- and SnCl, molecules, there are three electron pairs around
the central atoms one lone pair and two bond pairs. According to VSEPR concept
- the Lone pair (non-bending) of electron occupies more room and exerts a greater
repulsion on the bond parrs resutting in the shortening of CI-Pb-Cl angle.

_Cl
2 Pb\CI

V. shaped PbCl; molecule

Thus the shape of PbCl; molecule 1s distorted and becomes angular or
V-shape with CI-Pb-Cl.
Bond angle = less than 120°.
Electronic geometry = triangular ptaner
Molecular geometry = bent, angular, V-shape
Q13. Use VSEPR theory to describe AB; - type with multiple bonds.
Ans: AB; -- type with multipie bonds:
Examples: SO;

iy SOy, all the three regions each occupied by S - O bonds. No |
hence the shape wiit be. y ~ one pair
O

!
\'- PR
S
10
Bond angle = 129°

Electronic geometry = triangular planer



Molecular geometry = triangular planer

Q14. Use VSEPR theory to describe AB, type.

Ans: AB,type:
A molecule having four bond pairs of electrons but no lone pairs around a
central atom always has reguiar tetrahedrongeometry, because such an
arrangement of atoms keeps the four pairs of electrons as far apart as

possible.
Bond angle = 109.5°, —
clectronic geometry = tetrahedral | [
Molecular geometry = tetrahedral &“IH
Examples: CH, (Methane), CCla, SiFs, SnCls etc. Hioaey

Methane is a typical example of this type.
Q15. Use VSEPR theory to describe AB;E type with one lone pair and
three bond pair.
Ans: AB;E type with one lone pair and three bond pair:

A molecule having three bond pairs and a lone pair around the central atom
has triangular pyramidal geometry instead of tetrahedral. Due to repuisions
between lone pair and bond pairs, the bond angles are reduced to 107.5° instead of
109 5° '

Bond angle = 107.8°. PN
Electronic geometry = tetrahedral HY I—)H
Molecular geometry = triangular pyramidal H 1078
Example: NH; is a typical example.

. Other examples: PH,, AsHj, SbH,, etc.
Q16. Use VSEPR theory to describe AB;E; type with two Lone pairs and
two bond pairs.
Ans: AB,E,; type with two Lone pairs and two bond pairs:

In this case, presence of two Lone pairs, introduces three type of repulsion
i e. lone pair-lone pair, lone pair-Bond pair and bond pair — bond pair repulsion.
Example: H;O. H.S etc.

VSEPR theory, successfully justifies the experimental results by arguing the
participation of lcne pair in addition to bond pairs in determining overall geometry of
water molecule Two of the corners of a tetrahedron are occupied by each of the
two lone pairs and remaining by bond pairs. But due to spatial arrange_ment of lone
pairs and their repulsion among themselves and with the bond pairs, the ‘bond
ahgle is further reduced to 104.5" and V shaped.

O™

H <&
Bond angle = 104.5°.

Electronic geometry = tetrahedral
Molecutar.geometry = V-shape, Bent, Angular
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Q17. Use VSEPR theory to describe Molecules containing five electron
pairs ABs — type

Ans: Molecules containing five electron pairs AB; — type:
o With the increasing number of electron pairs, it becomes increasingly
difficult to visualize the true shapes of the molecules Thus a central atom



containing five electron pars presents a more comphcated system. A tngonal
bipyraniid arrangement — represents a structure in which five electron pairs can
have minimum repulsion in PCi., there are five 2iectren pairs in the valency shell of
phosphorus atom. All of them are bonaing pars anc thus PCl. and thus PCls
molecule adopts trigonal bipyramidal structure.

Electronic geometry = trigonal bipyramidal
Molecuiar geometry = trigonai bipyramidal
Examples: AsCls, SbCls
Q18. Use VSEPR theory to describe Molecules containing six electron
" pairs (AB¢ - type).
Ans: Molecules containing six electron pairs (AB¢ — type):
Molecules. in which the central atom has six electron pairs, adopt octahedral
geometry. The examples of such molecules or ions are SFg, SeFs , TeFs.

_fF
A -
"“Q“.
Fo 7 ~F
|
F

Electronic geomelry = octahedrl

Molecuiar geomelry = octahedrai

Q19. Describe the various steps which are generally required to predict
geomettical shape by VSEPR-method.

Ans: The following steps are generally required to preaict geometrical shape by
VSEPR-method.

R Draw dot diagram for the molecule

ii. Datermine the number of valence electrons surrounding the central atom.
iii. Detarmiine the numbei of bend cairs ana lane parrs of electrons

iv. Determine the gevmetncal distritution of electron gairs so that they are as

far apart as possible
Example: Predict the shape cf H,Z
Solution.
Va'ance 2tezucns of S-atom
Electrons coniributed by ?H-atoms
Total nc ot 2lectrons arcund S-atom
Election paus
Bond pairs
Lone pairs
Thus H,S is AE:L, type molecule. It will possess \/ shaped geometry

HoHon

N

|
NN g



Q20. Explain the limitations of VSEPR theory.

Ans: Limitations of VSEPR theory:

i it could not explain the ‘ormation of covalent bonds

il it could not explair the bond erergies.

iil. It does not ¢ive ary :~formation about paramagnetic and diamagnetic
behaviour of moleciles

Q21. Give the basic assumptions of Valence Bond Theory (VBT) of
Covalent Bend,

Ans: Valence Bond Theory (VBT) of Covalent Bond:

This theory was proposed by Heitier and London (1927) and |ater on
developed by Pauling. This concept is based on wave - mechanical treatment of
molecules and has been successful in explaining the bond energies, bond lengths
and shapes of ¢cavalent maolecules.

According to valence bond theory, a covalent bond between two atoms is
formed when the atoms come so close that a partially filled atomic orbital of one
atom overlaps with a partially filled atomic orbital of the other. The two overlapping
atomic orbitals retain their identities By the term overlap means that the two
orbitals share same commonr regi0 'r space
Q22. Give the postulates of Valence Bond Theory (VBT) of Covalent

Bond.

Ans: Main principle:
A covalent bond is formea Ly the overlapping of two half filled orbitals of
combining atoms.

Postulates of VBT: -

i) A bond between two atoms is formed by the overlap of half filled orbitals of
two atoms. The two overlapping atomic orbitals retain their identities.

it) The two overiapping orbitals must have elactrons of opposite spin.

it}  The number of bonds formed by an atom is equal to the number of unpaired
electrons present in the valence shell of the atom.

iv) If only two orbitals overlap a single bond is formed. If additional orbitals of
atoms overlap then multiple bonds are formed

v) In order to form a bond, the overlapping orbitals must have the same
symmetry with respect to the bond axis.

"A line joining the nuclei of two bonded atoms is called bond axis”:

vi) In overiapping of orbitals energy is released. The greater the overlap
between the orbitals, the greater is the energy released and the stronger will
be the bond formed.

Q23. Give different applications of Valence Bond Theory.

Ans: Application of Valence Bond Theory:

The vaience bond approach describes bonds in terms of the pairing of
electrons and may be considered an extension of the Lewis concept of covalent
bond formation.

The valence bond theory pictures the bond as forming from the coupling or
pairing of electrons having opposite spin (from each of the combining atoms),

It should be noted that atoms invoived in bond formation should have
unpaired electrons in them. '



The number of unpaired electrons gives rise to equal number of bonds
which may be formed by any given atom.

The isolated numbers of pair of electrons are considered to be the lone
pairs in the approach.

Q24. Explain formation of H, molecule on the basis of Valence Bond
Theory.
-Ans: Formation of H; molecule:

Each H atom has the electron configuration 1s’. As two hydrogen atoms
approach each other, their half filled 1s orbitals overlap, giving H-H bond The
overlap of orbitals provides a means for sharing electrons, thereby allowing each 1s
to complete its valence ‘shell. The electron density is concentrated in the region
along the line joining the two nuclei. The bond formed is a sigma (o) bond.

- .
.

: 15 | s - s overlap

{H= 4 I
=
n O+O—

{H ,_! b H-H (6 -bond)
S— 1w 1s!

bond axis
Q25. Explain bond formation of F, molecule on the basls of Valence Bond
Theory.

Ans: Formation of F; molecule
The electronic configuration of fluorine atom is:

13 - IZDz I
F = 4 4lal1]1 F
s s 2px 2py kp: ! L
F= f— |
’ ) [ WA v
Kis G
2p,
07 =
NN WY > ¥ //{/7///’,7//(”1 ?‘/W’ﬂ

LY '\\

.Z"‘” Vil 4
Orbital dlagram of F,

Each F atom has one half filled 2p, orbital. On the basis of VBT, one covaient
bond is formed between the two F atoms, their 2pz orbitals overlap by end to end
manner giving a o-bond.



Q6. Explain formation of CI, molecule on the basis of Valence Bond

Theory.
Ans: Formation of Cl; molecule:
The electronic configuration of chlorine is:

s 2s 2p 3s 3p, 3p,!3p. T

/C' = —
| ][4 e 1 V)1 ;<’:n

|
1/Cl = Cl ’»—_1 ! &)

1] [ B4 1 UNE

s sl

3p,
» 3py p 3py 3p. 3p,

y /,;7/42! 20 //////7//,,‘ ALY 70 s ’//7/// 2

%ﬁ'/% 3P+ --/47//44’?////////‘ . /////////i.'////f%’/
A

Orbital diagram of Cl,
Q27. Explain formation of HF molecule on the basis of Valence Bond
Theory.
Ans: Formation of HF moiecule:
The electronic configurations of F and H atoms are:

f )

i1s  2s  2p, 2py2p. !
oF = Ta] (4] [w]al4]! F
!

\\\\\//;,///// 25 i /1/////?//‘/&;
G Pz

Orbital diagram of HF
In the formation of HF molecule, the half-filled 1s orbital of H atom overlaps
with the haif-filled 2pz orbital of F to form o bond.
Qas. %plaln formation of HCI molecule on the basis of Valence Bond
eory.
Ans: Formation of HCl molecule (Similar to HF formation):
The electronic configuration of Cl and H atoms are-

I—0

]Ha b




Q28. Explain O; molecule on the basis of Valence Bond Theory.
Ans: Formation of O, molecule:

Oxygen molecule. O, is ottained by the combiration of two oxygen atoms.
Electronic configuration of an oxygen atomis.  2p,

2p,
18 s
O = E T‘F
0 =
h| |1

7. LY Y

Orbital diagram of O,

Each oxygen atom has two half-filled 2p croital in the vaience shell. On the
basis of VBT two covalent bonds can be formed between two O atoms. One bond
is formed by the end-to-end overlap ot half-tilled 2p, arbitals on each oxygen atom.
This gives a ¢ bond. The second bond is formed by the side-to-side overigp of half-
filled 2p, orbitals on each oxygen atom. This gives a n bond thus a double bond is
formed between two oxygen atoms. One is o bond while the other is n-bond.
Remember:

In multiple bond formation firstly the o bond is formed and secondly the «
bond is formed. -

Q30. Expiain formation of N, molecule on the basis of Valence Bond
Theory.
Ans: Formation of N> molecule:
Nitrogen molecule, N; is formed by the combination of two N atoms. The
electronic configuration of N atom is:

}
ls 23 I 2px2py 2P, : N
N= [o] [ [A[174], l”
i b -
: |
'1» '1» | “ L/ " i
|

Orbital diagram of N,



Each N atom has three half-filled p orbitals On the basis of VBT, three
covalent bonds can be formed between two nitrogen atoms. When the two nitrogen
atoms approach each other, their 2p, orbitals undergo end-to-end overlap. giving a
< bond.
The end-to-end overlapping brings the two nitrogen atoms so close together
that their parallel 2p orbitals undergo side-to-side overlap to produce two pi bonds.
Note that each = bond is in two separate regions surrounding a ¢ bond. There are
five distinct regions of electron charge density in the nitrogen molecule.

i. The o electrons between the nuclei form o bond.

ii. The-n electrons above and below the o electrons form n bond

ili.  The n electrons in front of and behind the o electrons form another n bond.
Note: Thus a triple bond is formed between two nitrogen atoms, one is ¢ bond

while the other two are = bonds.
Q31. Give the drawbacks of Valence Bond Theory (VBT) of Covalent

Bond.
Ans: Drawbacks of Valence Bond Theory:
It fails to explain:
i) The formation of coordinate covalent bond.
if) The formation of odd electron molecules or ions.
iii) The paramagnetic behaviour of oxygen molecule.
iv) It could not explain the tetra valency of carbon
v) it could not explain the bonding in BeCl,
Q32. Explain the concept of Hybridization of Atomic Orbitals.

Ans: Hybridization:
Hybridization is defined. a process of mixing atomic orbitals of different

energy and shape to form set of new orbitals of the same energy and same shape
is called hybridization and the orbitals so obtained are called "hybrid orbitals”.
Explanation: -

According to this concept atomic orbitals differing slightly in energy intermix
to form new orbitals called hybrid atomic orbitals which differ from the parent atomic
orbitals in shape energy and possess specific geometry. It also gives a satisfactory
explanation for the valence of the elements. In this process, the electron belonging
to the ground state structure are promoted to the excited state as a result of which

there is an increase in the number of unpired electrons.
The atomic orbitals, undergo hybridization. The energy required for the

excitation is compensated by the energy released during the process of bond
formation with other atoms. Depending upon the nature of orbitals involved there
are many types of hybridization.

For example, sp’, sp®, sp hybridization
Q33. Define sp’ Hybridization.

Ans: sp’ Hybridization:
"The process of mixing one s orbital and three p orbitals to form four new

equivalent —sp’ hybrid orbitals is called sp® hybridization”.



Q34. Discuss the Structure of Methane (CH,) with the reference to sp’
Hybridization.

Ans: Structure of Methane (CH,):

sC iGrounc state; =1s* 2s° 2¢, . 2p, 2po:
.C (Excited state) =1s° 2s' 2p, . 2p, .2p;
sC (Hybrid state) =1s” . (2sp”)' (2sp”)', (2sp°)’, (2sp°)’
When carbon atom in a molecule I1s attached to four other atoms, then sp’
hybridization ogcurs.
Each sp® hybrid orbital consist of two lobes, one larger and the other smaller.
The energies of hybrid orbitals are lower than unhybridized orbitals. Further the
ratio of s and p character in each sp’ hybrid orbitals is 1:3. The four new hybrid
orbitals of equai energy have a tetrahedral geometry with carbon at the centre and

are criented in space in such a manner that the angle between them is 109.5° as
shcwr i1 the figure.

Structure of Methane (CH,)

Methane molecule is formed by the overlap of sp® hybrid orbitals of carbon
with 1s orbitals of four nygrogen atoms separately to form four sigma bonds. The
molecule of methane, thus formed possesses a tetranedral geometry. The C-H
bonds which result from sp® — s overiaps are directed towards the corners of a
regular tetrahedron. Each H-C-H bond angle is 109.5°. The tetrahedral structure of
CH, moiecule has four faces and four corners.

Q35. Discuss the Structure of Ammonia (NH;) with the reference to sp’

Hybridization.

Ans: Structure of Ammonia (NH,):

in NH, molecule. the central atom is nitrogen. It contains five electrons in its
valence shell

Hence one s and three p orbitals of nitrogen atom hybridize to form four sp’
hybrid atomic orbitals. They are directed towards the four corners of a tetrahedron.
One of the hybrid orbitals is completely filled by a lone pair of electrons and the
remaining three orbitals are half filled.

The sp’ hybridized orbitals of nitrogen overlap with three 1s-orbitals of
hydrogen atoms. The three hydrogen atoms are located at three corners, whereas
the electrons lone pair is at the fourth corner of the tetrahedron. This resuits in a
pyramidal molecule, in which three hydrogen atoms form the base and the lone pair
of eiectrons the apex-as shown in the fig.

(il i
N (ground state)=1s 2s 2p, 2p, 2p,
M
- 4 :
N (hybridized state)= i? L1171

sp’sp’sp’ep’



T unshared pair

Structure of Ammonia (NH,)

The experimentally determined value of H-N-H bond angle in NH, molecule
is 107.5° which is less than the normal tetrahedral vaiue of 109.5° The deviation
from the tetrahederal angle is explained on the basis of repulsion between lone pair
and bond pairs. The lone pair-bond pair repulsion is greater than bond pair-bond
pair repulsion. As a result, the bond pairs move away frem the lone pair and come
closer to each other. Hence, the angle between bond pairs decreases.

Q36. Discuss the Structure of Water (H,0) with the reference to sp’

Hybridization.

Ans: Structure of Water (H;0): |
In H,O molecule, the central alom is oxygen. it contains six electrons in the

valence shell. its electronic conf:gura* 0'1 is as follows,
O (Ground state) = 1s® 2s°. ZE 2p, 2p;’
Ne) (Hybnd state) = 18? (2sp®)? (2sp®)*. (25p)", (28p*)’

O o
Ja% YOS

104.5 104.5

Structure of Water (H,0)

One 2s and three 2p orbitals of O-atom intermix to preduce four sp® hybrid
orbitals. The four sp® hybrid orbitals are directed towards the four corners of a
regular tetrahedron with oxygen atom at the centre. Two of the sp® hybrid orbntals
contain two electrons each are completely filled. The remaining two sp’ hybrid
orb:ta!s contain one electron each and are partially filled. Thus the two partially filled
sp’ hybrid orbitals now overlap with the two 1s orbitals of two hydrogen atoms to
form two sigma bonds. Each sigma bond is formed by sp’-s overlap. The two
hydrogen atoms are located at two corners of a tetrahedron, whereas the two lone
pairs at the remaining two corners of the tetrahedron. The rasult ie a V-shaped
molecule. - )

The experimentally determined value of H-O-H bond angle in H;O molecule is
104.8°, which is |lesser than the normal tetrahedral value (109.5°) The deviation
from the tetrahedral angie is exclained on the bass of repuision betwean lone pairs
and bond pairs. The repulsion of ione pair-lone pair > lone-pair-bona pair > bond
pair-bond-pair. As a resuit the bond pairs move away from the lone pairs and come
closer to each other. Hence the angle between bond pairs decreases up to 104 5°



Q37. Define sp’— Hybridization.
Ans: sp’— Hybridization:
"The mixing of one s and two © orbitals of the
e 1 b > oreit the same atom to form thre
identicai sp® hybnd orbita's 's cal'ea sp’'-hybridization” h
) The hybnid orbitals aic srecies *swarcds the three corners of an equilateral
;rlangie ‘CI:he angle between any two “ybrid orbitals 1s 120°. Each sp® hybrid orbital
as 33.3% s-character and 66.7% p-character. The sp’ hybrid orbitals can form
only sigma bonds by overlapping with other atomic orbitals
Examples: Boron Trifluoride and Ethene
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Structure of Hybridization (sp?)
Q38. Discuss the Structure of Born triftuoride, BF, with the reference to

sp? Hybridization.

Ans: Structure of Born trifluoride, BF;: ,
in BF; molecule, the central atom is boron. It contains three electrons in its

valence shell. The electronic configuration of-the valence shell of B-atom in the

ground and excited states are as follow,
B =5=1s° 28° 2p,., 2p,. 2p. (ground state electronic configuration)

B=5=1s% 28", 2p,". 2p,' 2p. (excited state electronic configuration)

One 28 and two 2p orbitals of boron atom intermix to give three sp’ hybridized
orbitals. The three sp? hybrid orbitals lie in the same plane and are directed towards
the corners of an equilateral triangle with boron atom at the centre.
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Thus the angle between any two sp° orbitals is 120°. The three spz_orbltals
contain one electron in each and are thus partially filled. The partially filled 2p
orbitals of three fluorine atoms overlap with each sp° hybrid arbitals of boron atom
to form three sp*- p sigma bonds As a result, BF; molecule has triangular planar

structure
Q39. Discuss the Structure of Ethene, CH, = CH, with the reference to
sp® Hybridization.
Ans: Structure of Ethene, CH, = CM;:
In CH; = CH, molecule. there are two central carbon atoms
One s and two p orbitals of each C-atom intermix to form three hybrid sp?

orbitlas. The geometry of molecules depends upon the orientation of hybrid orbitals.
Hybrid orbitals are triangular planar and oriented at the angle of 120° to each.

A o bord
Structure of Ethene (CH, = CH,)

Each atom is left with one half filled p-orbital perpendiculars to the planar sp?
hybrid orbitals. One sp“ orbital of each C-atom overlaps linearly to form one C-C
sigma bond. Remaining two Sp? orbitals of each C-atom overlap linearly with 1s
atomic orbital of H-atom to form twc C-H Signe bonds.
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Structure of Ethene
The partiatty filled p-orbitais undergo vverlap sideways to form a pi-bond So,
a pi-bond is fcrmed by the sideways overlap of two half-filied co-planar p-orbitals in
=i @ way tiial the protability of finding the electron is maximium perpendicular o
the line joining the two nuclei.
Q40. Briefly explain sp — Hybridization.
Ans: sp — Hybridization:
“The mixing of one s-orbitai and one p-orbitai of an atom to form two equal!
energy hybrid urbitals is called sp hybridization”
The two so hybrid ortiials are linear and anagle between them s 180”. Each
sp-hybrid crbitai has 50% s-character and 50% p-~haracter. The sp-hybrid oroitals
can form only sigma bonds by overiapping with other atomic orbitals.
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Structure of sp Hybridized orbitals

Examples: BeCl:, C-H; _
Q41. Discuss the Structure of BeCl, (Beryllium Chloride) with the
reference to sp® Hybridization.

Ans: Structure of BeCl; (Beryllium Chloride):
In BeCi; mclecule, the central atom is beryllium atom. Beiyllum atom

contains twn electror in its valence sheill The electronic configuration of valence
shell of beryliium atom in the ground state and excited state is as foilow.
Be =2=1s".2s° 2p,, 2p,. 2p. (ground state electronic configuration)
Be=2=1¢° 2s".2p. . 2p,. 2p, (excited state electronic configuration)
‘One 2s and one 2p crbitals of beryllium atom intermix to form twe sp hybrid

orbitals. Each sp hybrnid orbital contains onc
electron. The two sp hybrid orbital lic 1n a straight m@
line with beryllium atom at the center One sp
orbital of Be overlaps lincarly with sp-orbital of Cl Be Cl
other Be to form Be-Be sigma bond remaining sp
" hybrid of Be overlaps linearly with 3Pz orbital of Cl to form sigma bond Thus BeCl,
molecule is linear. The Cl-Be-Cl bond angle is 180°
Q42. Discuss the Structure of Ethyne, CH = CH with the refererice tc sp’
Hybridization.
Ans: Structure of Ethync, CH = (H:
The electronic configuration of carbon atom in the ground and excited staics

is as follow:
¢C (Ground statec) = 1s° 2s°'2p,', 2p," . 2p,
sC (Excited state) = 1s’ . 25" 2p,' . 2p,", 2p,’
«C (Hybrid state) = 1s” (2sp)" (2sp)’, 2p,", 2p,’

space-filinmg modcl

formation of 0 bonds formation of ¥ bonds
H C===cC H
Structure of Ethyne (CH =CH)
One 2s and one 2p orbitals of carbon atom internix 1o g've two sp hybrid
orbitals. The 2p, and 2p, orbitals remain unhybridized. Each sp hybnd orbitals




contains one electron. The two sp hybrid orbitals are directed along a straight line
at an angle of 180° between them. The two unhybridized p orbitals which are
per_pendncular 1o each other are also perpendicular to the plane of the two sp hybrid
orb:tg!s. Thus each carbon atom possesses two sp hybrid orbitals and two pure p
atomic orbitals. Each C-atom undergoes sp-s overlap with one H-atoms and sp-sp
overlap with other carbon atom to form two o-bonds.

The two half-filled P orbitals of two carbon atoms overlap sideways to form
two n-bonds. Thus ethyne molecule contains one o-bond and two n-bonds between
two carbon atoms and two carbon-hydrogen o-bonds. The electronic clouds of two
n-bonds merge into each other to form cylindrical shaped n-electron cloud.

Q43. Explain the Molecular Orbital Theory.
Ans: Molecular Orbital Theory:

The method of molecuiar orbital theory was developed in 1927-1928 by
Hurid and Mulliikan and in 1929 by Lennard-Jones.

It is assumed that linear combination of atomic orbitals form new orbitals
called molecular orbitals which are characteristics of the whole molecule. The
molecular orbital surrounds two or more nuclei of the bonded atoms. Two atomic
orbitals after combining linearly form two molecular orbital which differ in energy.
Bonding Molecular Orbital (BMO): ,

Orbitals having lower energy, is called bonding molecular orbital (BMO).
Anti-bonding Molecular Orbital (ABMO):

Orbitals having high energy is catled anti-bonding molecular orbital (ABMO).

The bonding molecular orbital is symmetrical about the axis joining the nuclei
of the bonded atoms (molecular axie). It 1s designated as sigma (o) bonding
molecular orbital, whiie the anti-bonding molecular orbital is called o*.

The filling of electrons into the molecular orbitals takes place according to:

h Aufbau principie ii. Pauli's exclusion principle

iii. Hund's Rule .

The two electrons from each atom fill the low energy o orbital or = orbital
whiie the high energy o orbital or 1 orbital may have electrons or remain empty.
The following diagram illustrates the formation of the molecular orbitals (lower
energy and higher energy) and also the processing of filling of electrons according
the rules mentioned above.
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Energy diagram of bonding and anti-bonding molecular orbitals



In this type of diagram, the combining atomic orbitals are shown on two
extremes and the resulting molecular orbitals (MO) are represented in the middle
column.

Atomic orbitals of same energy are shown at the same level. The difference

between the energies of atomic orbitals and the bonding MO's depend upon the

extent of overlap of atomic orbitals. A large overlap results in greater lowering of the

energy of bonding MO (and a corresponding large rise in energy in the anti-bonding

MO). Larger the overlap, stronger will be the resuiting bond. According to the above

diagram the sequence of energy levels in which ghey are filled up Is:
01:<0'1s<02|<0-2s<02px<7‘29v = 7‘292<7t.201 = T 2pz2 <O 2px

Q44. Explain the types of overlapping in molecular orbital theory.

Ans: Types of overlapping in molecular orbital theory:

There are two types of overlapping in molecular orbital theory

i. Head on approach (linear overlapping) or linear combination.

ii. Sideways approach (parallel overlapping).

i. Head on approach (linear overlapping):

Head on approach can take place between s-s, s-p and p-p atomic orbitals.

When two s atomic orbital overlap, they form two molecular orbitals. Molecular
orbital of low energy than atomic orbital is called os. Molecular orbital which has
high energy then atomic orbital is called o's orbital.

ii. Sideways approach or parallel overlapping:

When the axes of two—p orbitals (i.e p, or p, orbitals) are parallel to each other,
they interact to form motecular orbitals.

The bonding molecular orbital n(2p,) or n(2p,) has zero electron density on the
nuclear axis (called the nodal plane). The electron density is uniformly distributed
above and below the nodal plane. On the other hand, n,(2n,) or nz'(2pv) anti-
bonding molecular orbital has the least electron density in the inter-nuclear region.
Since the 2p, and 2pz atomic orbitals are degenerate orbitals (having the same
energy) the n molecular orbitals 1e n, (2p,) are also degenerate. Similarly the
n, (2py) and n, (2p,) molecular orbitals are also degenerate.

Two sets of 2-p atomic orbitals forms six molecular orbitals (three bonding ard
three anti-bonding). The bond formed as a result of linear overlapping is ¢ bond
while that formed as a result of sideways overlap is called a n (pi) bond. Thus p
orbital overlaps can lead to the formation of three bonds. One sigma and two pi
bonds.

Q45. Explain Bond order.
Ans: Bond order (number of bonds):

The number of bonds formed between two atoms after the atomic orbitals
overlap is called the bond order and is taken as half of the difference between the
number of bonding electrons and anti-bonding electrons.

No. of electrons in BMOs - No. of electrons in ABMOs

Bond Orger e e e vt M EAEMNIAID
9

The number of bonds formed in hydrogen molecule may be calculated as follows.
No. of electrons in the bonding orbitals 2
No. of electrons in the anti-bonding orbitals 0

I n



2-0

Bordorder = "~ - =1

-

llt IS @ common practice that only MOs formed fiom valence orbital are
considered in bond order calculations. It should be noted that a bond between two
atoms can be formed only, when the number of electrons in the bonding orbital
must be greater than the number of electrons in the anti-bonding molecular orbitals.
Q46. Explain Relative Energies of the Molecular Orbitals with reasons.
Ans: Relative Energies of the Molecular Orbitals:

. The relative energies of the molecutar orbitals formed from 2s and 2p atomic
orbitals. are determined by spactroscopic measurements.

a) The molecular orbitals of diatomic molecules such as O,, F, and their positive
and negative ions can be in the following increasing order of energy.
o(1s) <o (1s) <o(2s) <0 (2s) <o(2p,) <n(2p,) = (n2p;) <x" (2p,) = 7 (2p,) <5 (2px)
b) The diatomic molecule such as H,, He,. B,, C,, and N, (lighter molecules) show
slightly different energy order.
o 15 <0’ 1s <0 (28) <0'(2s) <n (2p,) = ® (2p,) <0 (2p,) <n'(2p,) = 1'(2p2) <0'(2px)
Q47. Why lighter molecules are higher in energy than n2Py = n2Py
molecular orbitals.
Ans: Reasons:
We have seen in the energy order of iighter molecules like B, C,, N, o,p, is

higher in energy than =2p, = n2p, molecular orbitals. This reversal is due to mixing
of 2s and 2p, atomic orbitals.

Explanation:

Actually, the energy difference of 2s and 2p atomic orbitals is small; there 1s
a possibiity of mixing of these orbitals (hybridization of A.O.) As a result o2s and
o 2s MO do not retain pure s-character.

Simiiarly, 2p, and ¢ 2p, MOs do not have pure p-character. Ali the four
MOs acquire sp-character Due to this mixing, their energies change in such a way
that MOs o2s and o 2s become more stable and are lowered in energy MOs as
02p; and o 2p, become less stable and are raised in energy. Since, n2p, = n2p;
remains unchanged. o2p, is raised to such an extent that it becomes higher in
energy than rn-bonds.
Examples:

But, O, and F, do not do so The reason is high energy difference of their 2s
and 2p i.e. 1595 KJ/mol and 2078 KJ/mole for O, and F; respectively. The values
are 554 KJ/mol for Boron, 846 KJ/mol for carbon and 1195 KJ/mol for.nitrogen and
these energy differences have been calcuiated by spectroscopic technigues
Q48. Explain the structure of Hydrogen Molecule H; on the basis of

molecular orbital theory.
Ans: Hydrogen Molecule H;:

i

Hydkogen molecule is formed from the overlap of 1s atomic orbitals of two
hydrogen atoms. They give rise to two molecular orbitals 5 1s and o 1s. The
molecule has two electrons which occupy the fower energy ¢ 1s orbital as shown in
the diagram.

The electronic configuration of the molecule is represented by the equation



2H (18" ——— H;[(c 15)%] ;

2-0
Bond order = —Er— = 1

Thus the two hydrogen atoms are bonded through only one bond in the
molecule. We conclude that the H, molecule is stable, which indeed is. it ha§ bond
dissociation energy of 435 KJmol' and is diamagnetic in nature i.e (atoms, ions or
molecules in which electrons are all paired in their molecular electronic
configuration are diamagnetic). They are repeiled by both poles of magnet

& 13 (Antl-Bondkng)

o 15 (Bonding)

Molecular orbitals energy level diagram of H,
Q49. Discuss the structure of Helium Molecule He, on the basis of
" molecular orbital theory.
Ans: HeliumZMolecule (Hypothetical) He;:
He = 1s )
The energy level diagram for He; is similar to that of H, except that it has two
more electrons which occupy the anti-bonding o s orbital shown in the diagram.

2-2
Bond order = S =

L

Thus its bond order is zero and we conclude that the molecule is not stable.
Infect, He; is not known, helium exist only as mono-atomic molecules.
(Anti-Bonding)
MO

(Bonding)
M.O.

Molecular orbitals energy level diag-am of He,



Q50. Explain the 'structure of Lithium Molecule Li; on the basis of
molecular orbital theory.
Ans: Lithium Molecuie Li;:
Li = 1s% 2¢’
| The electronic configuration for Li; has a total of six electrons, two each
in ¢ 1s, o 18 and 02§ molecular orbitais. In short hand notation this can be
represented as o 1s®, o'1s? and o 2s®. There are two more electrons in the bonding
orbitals than in anti-bonding orbitals and the bond order is one. We conclude that
the molecule is stable and diamagnetic it is indeed to exist in the vapour phase. It
possesses bond energy of 110 KJ mol’ which is less than H; molecule.
2Li (1s?) ———— L1, [KK (6 25)})

2-0
Bond order = =
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Molecular orbitals energy level diagram of Li,
Q51. Expiain the structure of Beryllium Molecule Be, on the basis of
moiecular orbital theory.
Ans:Beryttium Molecule Be;:
The situation for the Be, molecule is similar to that for He. Bonding and anti-
bondmg orbitals are equally populated and the bond order is zero. The electronic
configuration is 6 182 6'1s%, 6 2s° 62s*. The Be, molecule is known but is very

unstable.
2-2
Bond order= —-=0

AQ.(25)

A.Q.(28)
Be Be

o8
Molecular orbitals energy level diagram of Be;



Q52. Explein the structure of Boron Molecule, B, on the basis of molaecular

orbital theory.
Ans: Boron Molecule, B;:

B=5 1s’2s°2p’

The boron atom has the configuration of 1s°, 2s? 2p’ and is the first element
with P electrons to participate in bonding.

Spectroscopic study has suggested that for B,, C; and H, molecules n2p
orbitals are lower in energy than o 2p orbital. Thus the electronic configuration of B,

IS.
2B (15?287 2p') ———— B, [KK (6 2s)? (6'25%) (r2p,)' (n2py)’]

Bond order = —2-;—0 =1

Thus the two B - atoms are bonded through only one bond in the molecule.
The experiments verify not only that the molecule exists in vapour phase but that it
is paramagnetic (atoms, ions or molecules) with two unpaired electrons. The bond
energy is 270 KJ mol’ which have one or more unpaired electrons in their
molecular electronic configuration are paramagnetic. They are attracted to a
magnetic field.
Q53. Explain the structure of Nitrogen Molecule N, on the basis of
molecular orbital theory.
Ans: Nitrogen Molecule N;:
+

t +

N=7=1s?28’2p,2p 2p.
Looking at, the electronic configuration, only 2s and three 2p electrons from

each N atom are to be considered in the bond formation.
a 2px

x2py  x2p2
Molecular orbitals energy level diagram of N,
Thus the electronic configuration of N, molecule is:



2N (1s'2 8°2p,' 2p," 2p,' ——— N, [KK (02s)? (0'28)* (n2p,)* (2p,)? (92p.))]

Bond order = 9—;—-9 =3

it _is obvious that the two N-atoms are bonded through triple bond. N
molecule is very stable molecule and has a very high energy 946 KJ mol”', which is
lconstt':tent with MOT. It is diamagnetic in nature and possesses a very short bond
ength.

Q54. Explain the structure of Oxygen Molecule O, on the basis of
molecular orbital theory.

Ans: Oxygen Molecule O;:
1) ¢
O = 8 = 1s° 2¢% 2p, 2p, 2p,

The valence bond theory predicts that O, would be diamagnetic. However
experiments show that it is paramagnetic having two unpaired electrons. A
structure consistent with this observation is predicted by MOT. Spectroscopic
evidence indicates that for O,, the o2p orbital is lower in energy than x2p orbitals.
The electronic configuration of O, molecule is:

20 (1s%2 8%2p,2 2p,' 2p,' ——— O3 [KK (02s)? (0'28)? (02p,)* (n2p,)?
(7‘2‘31)2("{2%)1 (“'pr)1
Bond Order = %3 =2

it is obvious that the two-O atoms are bonded through a double bond. The
two unpaired electrons. reside in the degenerate anti-bonding orbitals 7 2p, and
n'2p,. hence it.is paramagnetic in nature. So we conclude that the molecule should
be very stable as it is. It possesses bond energy of 498 KJ mol”' with bond length
1.21 °A.
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Molecular orbitals energy level diagram of O,



Q55. Explain the structure of Fluorine Molecule F; on the basis of

molecular orbital theory.
Ans: Fluorine Molecule F,:

F=9=1s’2s’2p°

Each F-atom has the 1s* 2s* 2p° configuration. The two participating F-atoms
contribute a total of F. molecule is:

F2 = KK (02s)° (6'25)? (02p.)* (z20,)* (n2px)° ('2p,)? (n'2pX)*

Bond Crder = 3'2—‘ =1

It is obvious that two F-atoms are bonded through a single bond. The F-F
bond distance is longer (1.43°A) than the bond distance for O, (1.21°A) and N,
(1.09 °A) molecules. The bond energy of F; molecule is quite low (158KJ mol™). It is

diamagnetic in nature.
o 29,

o 29,

Molecuisr Orbitais
F-F

Molecular orbitals energy level dlagram of ¥,
Q56. Give common features of Valence Bond and Molecular Orbital

Theories.
Ans: Common features of Valence Bond and Molecular Orbital Theories:

Similarities:

The common features of the two theories are:

i. Both the thecries explain the formation of covalent bond.

il. In both the theories, a covalent bond is formed by the overiapping of
atomic orbitals have appropriate symmetry about the molecular axis.

lll. According to both, the electronic charge resides in the region between
the atomic nuclei.

Iv. Sgtz the methods lead to the formation of two types of bonds o and =

nds. '

V. In both the methods, the atomic and molecular orbitals are filled up

according to the same principles.



Q57. Differentiate between Valence Bond and Molecular Orbital
Thaories.

Ans: Differences:

[ —— i s o —— —

;__l Valence Bond Theory ' Molecular Orbital Theory }
1. Accordmg to this theory only . Accordlng to this theory, all the |
' 1valenc:e electrons are involved ' electrons of interacting atoms are |
... inbond formation. involved in bond formation.
'2.1In VBT the two concerned |In MOT, the two atoms lose their
. latoms do not lose their | individual identity.

.| individual identity.

| 3. lrll does not explain thei{in explains the paramagnetic
iparamagnetic behaviour of | behavior.

.+ molecules like O, molecule.

' 4.1t does not give idea about the | It give idea about bond order by
~ l bond order. i which we can determine that whether

| the bond is single, double or triple
| 5. 1t does not explain the non- | It explains the non-existence of He;
| existence of He; molecule. molecule.

l
l
l
Q58. What do you understand by Bond Energy or Bond Enthalpy. Explain
various factors / parameters which datermine the strength of bond
energy.
Ans: Bond Energy (Bond Enthaipy):

Bond energy is the amount of energy required to break all bonds of
particular type in one mole of the substance.
Strength of a bond:

The strength of a bond is measured by its bond energy. The higher the
bond energy, the stronger is the bond. It is determined experimentally by measuring
the heat involved in a chemical reaction. It is also called bond enthalpy, as it is
measure of enthalpy change at 298K.

Enthalpy of atomization:

The enthalpy change in splitting a molecule into its component atoms is
called enthalpy of atomization.
Units:

It is expressed in kilojoules per mole (KJmol™).

Bond energy is the energy required to break up an Avogadro number
(6.02x10%) of bonds i.e. one mole of bond.

it is found that energies of multiple bonds are greater than those of single
bonds. But a double bond is not twice as a strong as a single bond or a triple bond
is not thrice as strong as a single bond. It means that a o bond is stronger than a n
bond. Also, a polar covalent bond is stronger than a non-polar covalent bond.
Examples:

(i) The bond energy of H-H in H; molecule at 25°C 288K is 435KJ/mole. The
bond energy of Cl - Cl bond in Cl; molecule at 25°C is 243KJ/mole.
(i) The bond energy of H-Cl bond in HCI molecule at«25°C is 431 KJ/mole.




Q59. Explain Ionic character and Bond energy with the help of examples
and factors on which they depend in detail.

Ionic character and Bond energy:
Bond energy is a measure of bond strength. Higher the bond energy, the

stronger is the bond. The strength of a bond depends upon the following factors.

Ans;

(i) Electronegativity

(ii)  Size of the bonded atoms
(ili) Bond length

(iv) Bond order (number of bonds)

‘Greater the difference in electronegativity between the bonded atoms, the
greater is the bond energy and stronger is the bond”.

Examples:
Bond type H-X H-F H-CI H-Br H-I |
Bond energy (KJmol™) 567 431 366 299
' AEN 1.9 | 0.9 0.7 0.4

From the above data it is observed that HF molecule has higher bond energy
(567 KJmol") due to greater electronegativity difference i.e. 1.9.

The smaller the size of the bonded atoms, the greater is the bond energy and
stronger is the bond. The bond energy of H-H bond is 435KJmol ™’ and that CI-Cl is
243KJmol ™. It is due to the shorter bond length in H, molecule and greater bond
length in Ci; molecule (larger size of Cl atom than H atom).

Multiple bonds also affect the bond energy, greater the no. ¢f bonds greater
will be the bond energy.

Examples are given in table:
_Average Bond energies (KJmol™) of single bonds.

J"——M 7]' Bond | Bond Bond. | Bond Bond
Bond | Energy ! Bond Energy Bond Energy-., Bond Energy Bond Energy
| - (KJmol™) ! (KJmol™) (KJmol™) (Kdmol™) (KJmol™)
" C-H 413 | Si-H | 323 H-H 436 - S-H 339 CI-F 253
c-C 348 | Si-Si | 226 H-F 567 S-F 327 CI-Cl 242
C-N 293 Si-C 301 H-Cl | 431 S-Cl 253 Br-F 237
cO | 358 Si-0 368 H-Br 366 S-Br 218 Br-Cl 218
C-F | 485 N-N 163 | H-l 299 S-S 266 Br-Br 193
C-Ci 328 N-O 200 | HO 463 0-0 146 I-Cl 208
C-Br 476 N-F 272 H-F 155 O-F 190 I-Br 175 -
[oF] 240 N-CI 200 H-N 391 O-Cl 203 -1 151
C-S 259 N-Br 243 0-l 234
Average Bond energies of multiple bonds (KJmol?)
r
Bond Energy W
Bond " Bond Bond Ener !
C=C 614 N=N 418
C=C 839 N=N 941
- C=N 891 0=0 495
Cc=0 799 S=0 023
. C=0 1072 S=9S 418




Q60. Why experimentally determined vaiue of H-Cl bond energy is
Ans: xahrnt'hhal: moonﬂatltl‘y caiculated bond energy of H-Cl bond?
: Relatio between the Bond Ene and P
golnd and its Ionic Character: b PR G S

olar bonds are stronger than non-polar bonds and
. _ greater amount of ener
'8 required to break .these bonds. Due to the ionic characters, the strength of bogc)il
mt::reases. Increase in strength of H-CI bond or ionic character in H-Cl bond can be
gngeu;vhee% rfergg; Itlhe e)'tpeln:ngntally determined values of H-H, CI-Cl and H-CI bond

ically calculated bond - '

tElontg soms energy value of H-Cl bond. It involves the
Step (i) Caiculation of bond energy contribution of one H atom.

Bond energy of | mole of H-H bonds = 436 KJ

or ' Bond energy of 6.02x10%* H—H bonds = 436 KJ
or Bond energy of one H-H bonds G B
6.02 x10%
= 72.42x107°KJ
Bond energy contribution of one H atom = M
2
_ =36.21x107 KJ
Step (li) Calcuiation of bond energy contribution of one Cl atom.
Bond energy of | mole of C-Cl bonds =242 KJ
or Bond energy of 6.02x10% CI-Cl bond s R
6.02 x10%
=40.19x102 KJ
~-23
Bond energy contribution of one Cl atom = 20:19x107
2

=20.09 x 102 KJ
Step (ili) Calculation of bond energy of | mole of H-Cl bonds.
Hence calculation is based on the assumption that H-CI bond is non polar.
; Bond energy of one H-Cl bond = Bond energy of H-atom + Bond energy of Cl
atom.
=(36.21x 102 + 20.09x 10%) KJ
= 56.3x102° KJ
Bond energy of 8.02x10% H-Cl bonds = 56.3x10® x 6.02x10%
= 338.93KJ

Bond energy of one mole of H-Cl bond = 338.93KJ/mole

The relation between bond energy and electronegativity can been seen from
theoretically caiculated and experimentally determined values of HCI bond.

Theoretically calculated bond energy of H-Cl bond = 338.93KJmol™.

Experimentally determined energy of H-Cl bond = 436KJmol .

The experimentally determined bond energy is significantly greater than the
calculated values, which means a more stable H-Cl bond. This stability is due to the
ionic character present in the bond. The amount of additional bond energy depends
on the electronegatinity of the two bonded atoms. Greater the difference of



electronégativity between the two bonded atoms, the greater is the ionic character

and stronger is the bond.
Comparison of experimental and theoretical bond energies

Bond Bond energies KJmol™.
X=F X =Cl X = Br X=]
X-X 155 242 193 151
H-X(Calculated) 293 338 311 291
H-X (observed) 567 431 368 299
Difference 274 95 55 08

This data clearly indicate the part played by electronegativity in the strength
of a bond. Electrons are not equally shared between hydrogen and halogen atqms
in HX. Since halogen atom is more electronegative, the bonded electron pair 18
more attracted towards halogen atom. This develops polarity in H-X molecules
which produces an additional attractive binding force.

Q61. Define Bond Length. Describe different methods to measure bond
length experimentally.

Ans: Bond Length:
Bond length may be defined as the distance between the nuclei of atoms

joined by covalent bond. This distance between the bonded atoms is not constant,
because the bonded atoms are always vibrating with respect to each other.
Therefore, average inter nuclear distance is considered as bond length or bond
distance. Bond length may be may also be defined as inter nuclear distance when
the maximum possible overlap of concerned atomic orbitals occurs.
Measurements of Bond Length:

It is measured by techniques such as X-ray diffraction, neutron diffraction

and microwave spectroscopy.
Measuring units:

It is measured in A or picometer: 1 pm = 10'2m, 100 pm=1A=10"m,

it is observed that its measurements may vary in accuracy but still similar
bonds have fairly constant lengths in different molecules, variation generally being
less thax 1%. In most of the compounds, the C-C single bond length is very close
to 1.54 A.

For example in ethane molecule the C-C bond length is 1.54 A and in ethyl
chioride (C,HsCl) the C-Cl bond length is 1.55A.
Covalent Radius:

One half of the bond length between nuclei of two similar atoms join by
single covalent bond is called the covalent radius of that atom.

For example, the covalent radius of Carbon is 0.77 A i.e. half of the C-C
bond length which is 1.54 A. The covalent-radii of other atoms are given in the
following table:

Covalent-radil of various atoms

Atom Covalent-radius A Atom Covalent-radius A |
H 0.28 F 0.72
C 0.77 Ci 0.99
N 0.75 Br 1.14
0 0.74 1 1.33




Covalent-radii can be used to calculate the bond length:

' The covalent-radii can be used to calculate the bond length between two
unlike atoms, which in some cases, is equal to the sum of the covalent radii of the
two bonded atoms. For example, the C-Cl bond length in CH,Cl is 1.76A, which is
exactly the_ sum of the covalent radii of carbon (0.77 A) and chiorine 1s (0.99 A).
However, in most cases, the length of a bond between two uniike atoms is
man".kedly shorter than the sum of the two covalent radii. For exampie, the covalent
radii of C and N add up to 1.52 A where as the observed C-N bond length in
methylamine (CHiNH,) is 1.47 A.

Similarly, the observed C-O bond length is ethanol (C.HsOH) is 1.42 A,
although the sum of the covalent radii of carbon and oxygen is 1.51 A In general,
the shrinkage in bond length becomes more and more marked as the difference in
electronegativity of the two bonded atoms increases.

| Average single bond lengths of some of the important covalent bonds are
given in the foliowing table:
Bond lengths of some Covalent Bonds

Covalent = Bond Length A Covalent | Bond Length

R
|

____C-H ! 1.07 . cBr T 1.93 |
| cCc . 1.54 cC-l . | 2.14 |
a C-0 L 1.42 | 6C i 1.76 |
| C-N J 1.47 i OH 0.96 j

C-F i 1.38 L ON-H | 1.01 |

Q62. Discuss the different factors affecting the bond length.
Ans: Factors affecting the bond length:
Nature of hybridization:
Bond length is aiso affected by the nature of hybridization of the bonded atoms.
Effect of Hybridization on the Bond Length

r_Hybridization [ Bond Length (R) "1
of Carbon | C-H 5 CcC-0 C-N ]

T sp’ | 111 (methane) | 141 (ethano) | 147 (methylamine) |

- spz . 1.10 (ethylene) 1.34 (formic acid) 1.36 (f_QrTamid_e)

T Tsp I 10Blacetylene) | | ]

Increase in s character:
It can be noticed that the bonds are shortened by increasing s character.

This is because the hybrid orbital with increased s character is held more tightly by
the nucleus.

A double bond between two atoms is shorter than a single bond between the same
two atoms and a triple bond is shorter than the double bond as shown in table:
Single, Double and Triple Bond Lengths
Bond Length (A)

l
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Shrinkage of the multiple bonds:

The shrinkage of the multiple bonds is due to the presence of extra =
electrons (two in the case of a double bond and four in the case of triple bond)
between the two nuclei, which exert additional attraction on both the nuclei bringing
them closer to each other.

Q63. Define Dipole Moment. Write its units.
Ans: Dipole Moment (Determination of degree of polarity of molecules):

The degree of polarity of a molecule can be expressed in terms of dipole
moment. It is the product of the magnitude of the charge (positive or negative) and

the distance between them.
If q is the charge at each end of dipole and r is the distance between the

positive and negative centers, then dipole moment represented as u is given by
pEqgxr
Units:
In Sl units, Coulombs meter (C.m) but most common units used is Debye (D).
1 Debye (D) = 3.336 x 10*°Cm
Q64. Write the applications of Dipole moment and also explain Cis and
Trans.
Ans: Application of dlpole moment:

(1) Determination of polarity of molecule:
Molecules which have zero dipole moment are non-polar, whereas molecules

which have dipole moment are polar.
For example benzene has zero dipole moment, so it is non polar. But
Cholobenzene has dipole moment a: 12D, so it is polar.

(li) Applications In Stereochemlstry:
The study of dipole moment aiso finds applications in_stareochemistry. For
example, dipole moments of isomer 1, 2-dichloroethene have been

calculated are given below:

H Cl H H
Cl H Ci Cl
Trans Cis

pu=0D p =1.89D

Thus knowing the dipole moment of the given sample of 1, 2—~dichloroethene,
one can predict whether it is Cis or the trans isomer.

(iii) Calculation of %age ionic character in a bond.

The dipole moment helps to calculate the percentage ionic character in a
bond.

Q65. The observed dipole moment of HF is 1.90D. Find the percentage
ionic character in HF bond. The distance between the charges is
0.917 x 10"*°m. (Unit positive change = 1.6022 x 10°*°C)

Ans: Solution: : \

Let us suppose that ap HF molecule is 100% ionic. It means that H has full
positive charge and F has full negative charge. To calculate their dipole moments



multiply the bond length with full charges of electron or proton i.e. 1.6022 x 10'"°C.
This dipole moment is calied e

So, H jonic = qxr

(1.6022 x 10"°C) (0.917 x 10'°m)

1.469 x 10%*°C.m

SincelD = 3338x10%Cm

-29
S0, 1 e " 1.469><101 C’m=4.4D
. 3.36 x107°C.m
The actual dipole moment as it is observed.
H observed = 180D
% ionic character = 120X100 _ 4500
4.4D

Hence 43% HF bond is ionic in nature and 57% covalent. The bond is
predominantly covalent.

Q66. Give a detalied account of Solubllity of lonic Compounds.
Ans: Solubliity of ionic Compounds:

Most ionic compounds are soluble in water but insoluble in non-aqueous
solvents.
Reason:

When a crystal of ionic compound is placed in water, the polar water
molecules detach the cation and anion from the crystal lattice by their slectrostatic
attraction. The ions are freed from the crystal lattice by hydration. This happens
when the hydration energy is equal to or greater than the lattica energy. The energy
released in hydration is used to overcome the lattice energy. Thus the ions are
freed from their positions in the crystal.

Reason:
Many ionic compounds do not dissolve In water because the attraction of

water molecules cannot overcome the attraction between the ions. Their lattice
energy dominates over their hydration energy. For the same reasons, the non-polar
solvents benzene and hexane do not dissolve ionic compounds.
Q67. Give a detalled account of Solubility of Covalent-Compounds.
Ans: Solubility of Covalent-Compounds:

Covalent compounds dissolve in non-polar organic solvents such as benzene,
ether. Most covalent compounds are insoluble in water. However, some of them

dissolve in water.

Reason: .
The attractive forces of solvent molecules in non-polar solvents are enough

for overcoming the intermolecuiar forces of attraction in covalent compounds.

Hence covalent compounds dissolve easily in non-polar organic solvents.‘
The solubility of covalent compounds in water depends on their ability to form

hydrogen bonds with water molecules. Many organic compounds containing
oxygen or nitrogen like carbohydrates, alcohols and amines are soluble in water

due to hydrogen bonding.



Q68. Justify the Non-directional nature of ionic compounds.
Ans: Non-directional nature of ionic compounds:
lonic bonds are non-directional and rigid in nature. They do not show the

phenomenon of isomerism.
Q69. Justify the directional Nature of covalent compounds.

Ans: Directional Nature of covalent compounds:
Covalent bonds are non-rigid and directional. They show the phenomenon
of isomerism.

Reason:
Due to non-rigid and directional nature of the covalent bond, covalent

compounds have different orientation of atoms in space. Hence many covalent
compounds show the phenomenon of isomerism. For example C,HsO show
structural isomerism.
CHy-0 -~ CH, and CH; -CH; - OH
Dimethyl ether Ethyl alcohol
Q70. Why the speed of reaction Is higher In lonic compounds?

Ans: Speed of reaction of ionic compounds:
The ionic compounds exist in the form of ions in an aqueous solution. The

chemical reaction between ions occurs rapidly. The reaction is 8o rapid because no
bond is to be broken, only a new bond is formed. The ionic bonds have already
been broken during the formation of solution.

For example, addition of silver nitrate solution to sodium chloride solution
produces a white precipitate of silver chloride instantaneously.

The oppositely charged ions combine at once to give the product. This is
because no force is required to break the bonds of enacting compounds.

Q71. Why the speed of reaction Is slow In covalent compounds?
Ans: Speed of reaction of covalent compounds:

Since there is no strong electrical force to speed up a chemical reaction, like
in ionic reaction the covalent bonds are generally much slower to react as they
involve both breaking and making of bonds. The molecules undergo a chemical
change as a whole. It is because high energy is required to break the covalent
bonds. Covalent compound react in a variety of ways. The reactivity of covalent
compounds depends upon the way a reaction proceeds and the kind of produgt-
obtained at the end of a reaction.

Q72. Why lonic crystais have high density?
Ans: Density:

The electrostatic force of attraction existing between the cations and anions in
an ionic crystal brings these ions very close to one another. This decreases the
volume of the crystal and consequently the ionic crystals have high density.

Q73. Briefly describe metaliic solids and molecular network:
Ans: Metaliic solids and molecular network:

A solid is a structural unit of atoms, molecules or ions, which are held
together strongly enough to give a rigid structure.

Type of solids: Four types of solids exist namely.
(a) Molecular solids: .

Consis;s of atoms or molecules held together by inter-molecular forces. Solid

water (ice) and solid CO; (dry ice) are common examples.



(b) Metallic Solids:
Cor»is's of solids held together by metallic bonding, examples silver, copper
ar gcc

(c) Ionic Solids: ‘
Seas s's of cations and anions held together by virtue of electrical attraction

fth.: opposite charges. Exampies are NaCl and CaCl,.
(d) Covalent Network Solids:

Consists of atoms held together in large network or changes by covalent
bonds. Diamond and graphite are typical examples.

Q74. Differentiate between metallic Solids and Molecular Network Solids.

Ans: Deference between metallic Sollds and Moiecular Network Solids
(Net work Covalent Crystals):

Metallic Solids:

Metallic solids consist of infinite arrays of bonded atoms; each cation in a
metal has a high co-ordination number sometimes four or six, but more often eight
or twelve they are good conductors of electricity.

Network molecular Solid or Non metallic net work solids:

They consist of infinite arrays of bonded atoms; no individual molecules can
be distinguished. Thus any given piece of network solid may be considered a giant,
covalently bonded molecule. Network solids generally are poor conductor of heat
and electricity. Strong covalent bonds among neighbouring atoms thought out the
structure give these solids strength and high melting temperature. Some of the
hardest substances known are non-metallic network solids.

Structure of Diamond:

Diamond, the hardest allotrope of carbon, has the network structure shown in
the diagram. Diamond sublimes (volatilizes directly to ash rather than meits at
3500°C and above. -

Structure of Graphite:

Graphite, a softer allotrope of carbon has three layered structure shown in the
diagram. '

One feature that distinguishes network solids from metals is the lower
co-ordination number of atoms in network structures.

Example:
Co-ordination number of C in diamond is four, silicon (Si) is four and that of
oxygen in quartz is two.

Diamond Graphite
Allotropic forms of carbon



Activity for Students

Students have to make models of Diamond apd graphite as home work.
Diamond & Graphite

Allotropes of Carbon

Graphite 1 ll "
S
. : § “ E A‘_E

.Three dimensional Two dimensional
network solld network solid

EXERCISE -

MULTIPLE CHOICE QUESTIONS

1. Choose the correct answer (MCQ).
(8 The bond energies of F,, Cl,, Bry; and I, are 37, 58, 46 and 36k
Cals, respectively. The strongest bond formed is in
(a) F2 (b) Cl; (€ Iz (d) Brz
ii. The percentage of ionic character of bond between two atoms Is
calculated from the difference between their

(a) lonic (b) Electronegativities
(c) Electron affinities (d) lonization energies
iii. The geometry of PF; molecules is
(a) Planar (b) Square planar
(c) Trigonal bipyramidal (d) Tetrahederal
iv.  Sp’ hybridization is important in describing the bonding in
(a) NH,* (b) CCl,4 (¢) H;O" (d) AgCl

v. Greater the dipole moment
(a) Greater is the ionic nature  (b) Lesser is the polarity
(c) Smaller is the ionic nature  (d) None
vii H-0-H bond angle in H,0 is 104.5° and not 109.28° because
of
(@) High electronegativity of oxygen
(b) Bond pair — bond pair repulsion
(c) Lone pair — lone pair repulsion
(d) Lone pair — bond pair repulsion
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vil. A diatomic molecule has a dipole moment of 1.2 D. If its bond
distance is 1.0A°. What fraction of electric change ‘e’ exists on
each atom?

(@) 12% of e (b) 18% of @ (c)25% of e (d)30% of @
viii. Which Is not characteristic of x bond?
(a) » bond is formed when a sigma bond already exist
(b) n bond are formed from hybrid sp arbitals
(c) n bond may be formed by the overlapping of p and /or d-orbitals.
(d) = bond results from lateral overiap of atomic orbitals.

Ix. Inthe formulation of N;* from N,, the electron Is removed from
(@) op Orbital  (b) o' OFbital  (¢) mp Orbital  (d) m*y orbital

X. According to VESPR theory, the most probable shape of the
molecule having 4 electron pairs around the central atom is
(a) Hexagonal (b) Tetragonal (c) Octahedral (d) Linear

l.b il. b lil. ¢ iv. b V. a
vi.d vil. € viil. b IX. & X. b
2.
Bond Bond energles in KJmol™
e % X = Ci X= I
242 151

H-X
(Calculated) | 336 i
H - X (Observed) | 431 299
Difference 95 08

(a) Give reason for the difference In calculated values and observed values
(b) Effect of high bond energy on bond length with reason
(c) Ionic character on the basis of bond energles, with reason
Ans: (a) Give reason for the difference In caiculated values and observed values:
The experimentally detarmined bond energy is significantly greater than the
calculated values, which means a more stable H-X bond. Electrons are not equally
shared between hydrogen and halogen atoms in HX. Since halogen atom is more
electronegative, the bonded electron pair is more attracted towards halogen atom:
This develops polarity in H-X molecules which produces an additional attractive
binding force. That's why the observed values are greater than calculated values.
(b) Effect of high bond snergy on bond length with reason:
Greater the bond energy lesser will be the bond length and vice versa.

As the electronegativity differance between bonded atoms increases, the
strength of additional attractive forces increases. This will decrease bond length as

a rasult bond energy increases.
A single bond is longer than a double bond which is longer than us triple

bond. The bond energy order is reverse to it.



(c) Ionic character on the basls of bond energies, with reason:

In HX the electronegativity of X is greater than that of H. So X attracts
electron more towards itself as a result X gets 8~ and H gets §* charge. As a rqsylt
ionic character develops between HX bond. Usually greater the electronegativity
difference between two bonded atoms, the greater the ionic character and stronger
the bond form. Since the electronegativity difference in HCI is greater than Hi
therefore HC| has more ionic character than Hi.

3. Energles of orbitals can be explained by molecular orbital theory. It
has been observed that In case of Nitrogen moiecule o2p, Is higher In

energy than = 2p, == 2p;

(a) Draw energy diagram for nitrogen molecule

(b) Glve reason why the 02p, energy Is greater than = 2p,
Ans:

(a) Draw energy diagram for nitrogen molecule:
| a'(2p,)

ABMO

5

n(2p,) w(2p.)

ug 2p,2p,2p,

A.O a(2p.)

't

BMO

n(2p,) n(2p,)
Molecular orbitals energy level diagram of N,
(b) Give reason why the o2p, energy Is greater than = 2p,:

In the above energy diagram it is shown that energy of o2px is higher than
2py = 2pz. This indicates that g-bond of nitrogen is more reactive than its w-bond
We have seen in the energy order of N;, o,px i8 higher in energy than n2p, = n2p,
molecular orbitals. This reversal is due to mixing of 28 and 2p, atomic orbitals.

Expianation:
Actually, the energy difference of 28 and 2p atomic orbitals is small; there is

a possibility of mixing of these orbitais (hybridization of A.O.). As a result 62s and
0’28 MO do not retain pure s-character.

Similarly, o2px and o'2p, MOs do not have pure p-character. All the four
MOs acquire sp-character. Due to this mixing, their energies change in such a way
that MOs o2s and o 28 become more stable and are lowered in energy MOs as
o2p, and o 2p, become less stable and are raised in energy. Since, n2p, = n2p,
remains unchanged. o2p, is raised to such an extent that it becomes higher in

energy than n-bonds.

Examples:
But, O, and F; do not do so. The reason is high energy difference of their 2s

and 2p i.e. 1595 KJ/mol and 2078 KJ/mole for O, and F, respectively. The values
are 554 KJ/mol for Boron, 846 KJ/mol for carbon and 1195 KJ/mol for nitrogen and
these energy differences have been calculated by spectroscopic techniques.



4. Carbon can make a bond with hydrogen to form ethyne. Bond energy
of C-H is same although 2s and 2p orbitals are involved which have
difference in energles

(a) Explain the formation of ethyne molecule on the basis of
hybradization
(b) Draw a dlagram of ethyne molecule
Ans: Hybradization:

Hybradization is process of maxing of atomic orbitals of different shapes
and energies to give raise the hybrid orbitals of same shape and same energy.

28 2p orbitals of carbon do not make the bond directly this is because of
hybridization theory.

(a) Explain the formation of ethyne molecule on the basis of
hybridization

One 2s and one 2p orbitals of carbon atom intermix to give two 8p hybrid
orbitals. The 2p, and 2p, orbitals remain unhybridized. Each sp hybrid orbitals
contains one electron. The two sp hybrid orbitals are directed along a straight line
at an angle of 180° between them. The two unhybridized p orbitals which are
perpendicular to each other are also perpendicular to the plane of the two sp hybrid
orbitals. Thus each carbon atom possesses two sp hybrid orbitals and two pure p
atomic orbitals. Each C-atom undergoes sp-s overlap with one H-atoms and sp-sp
overlap with other carbon atom to form two o-bonds.

The two half-filled P orbitals of two carbon atoms overlap sideways to form
two n-bonds. Thus ethyne molecule contains one o-bond and two n-bonds between
two carbon atoms and two carbon-hydrogen o-bonds. The electronic clouds of two
n-bonds merge into each other to form cylindrical shaped n-electron cloud.
Structure of Ethyne, CH = CH:

The electronic configuration of carbon atom in the ground and excited states
is as follow:

+C (Ground state) = 1s? 2s?'2p,', 2p,' . 2p:

«C (Excited state) = 1s®* 2s''2p,', 2p,', 2p,'

«C (Hybrid state) = 1s? (2sp)" (2sp)’, 2p,' . 2p,'

e 7:% <>
LT — G
' ‘/ mﬁ)

formation of @ bonds formation of x bonds space-{illing model

H o c H
Structure of Ethyne (CH =CH)

5. How does molecular orbital theory explain the paramagnetic

character of 0,, 0,2* and 0, species?
Ans: Paramagnetic Character of O;:

According to molecular orbital theory the energy diagram of O contain

two unpaired electrons in anti-bonding orbital due to which Oz shows
paramagnetic behaviour.
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Paramagnetic Character of 0%*
Molecular orbital energy diagram for O%" is as follows:
In this M.O energy diagram, there is no unpaired electrons in anti-bonding

molecular orbitals. This indicates that 03* is a diamagnetic species.
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Molecular orbital energy diagram for O% is as follows:
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In this molecular orbital energy diagram, there are no unpaired electrons

in anti-bonding molecular orbitals. This indicates that 03~ is a diamagnetic

species.

6. The melting points, boiling points, heat of vaporization and heats of
sublimation of electrovalent-compounds are higher as compared with
those of covalent-compounds. Explain. '

Ans: The force of attraction between electrovalent compounds (ionic compounds)

are electro static forces of attraction which are strong forces as compare to Vander

Waals forces of attractions (present in covalent compounds) which are less

stronger forces due to which the melting points, boiling points, heat of vaporization

and heats of sublimation of electrovalent-compounds are higher as compared with
those of covalent-compounds.

7. The dipole moment of HCl is 1.03D and the distance between atoms
is 127pm calculate the percentage ionic character of the HCl bond.

(Ans. 16.9%)

Increasing Energy

Ans: Bondlength = r = 127pm = 1.27 x107%m
q =1.6022x1071°C
MHionic = 4 XT
1D =3.336 x 1073 Cm
Dipole moment of a molecule = charge X distance
Hionic = (1.6022 x 107 coul) (1.27 x 107 % m)
= 2.034 x 107 mC
To convert it into Debye,we divide it by 3.336 x 10730

_ 2.034x107%
3336 x 10730
= 6.0995 Debye
% of Ionic character = fi’-"‘i x 100 = 6:::5 x 100 = 16.88%

Percentage of ionic character of HCl = 16.88%



8. How would you distinguish between a sigma bond and a pi bond?
Ans:

[ Sigma bond (o)

Pi bond (m)

l. It is formed by head on overlap of
atomic orbitals.

I. It is formed by side way overlap of
atomic orbitals.

il. In this case the maximum
electronic density is symmetrically
distributed around the bond axis.

ii. In this case the electronic density
is unsymmetrically distributed
around the line joining to nuclei.

ili. The probability of finding electron
IS maximum at the region between
two nuclei.

ili. The probability of finding electron
is minimum at the region between
two nuclei. It is present above and

below the bond axis.

iv. It is the first bond form between
two atoms.

iv. It is the bond formed after the
sigma bond.

v. Maximum number of sigma bond
IS one.

v. They can be one or two in
number.

vi. The orbital that can make sigma

bond.
“ F - -~ @
= . () Stpma bond
(bl¢—¢ . -e-}e-- - o
» L Slgma (9) bond
() e‘e«oe;;e« - e'i,'a:-'feu
» >
Formation of & sigme bond dus to (2) The s - » svartap

Sipwe ) dbend
(®) The s - p overiep (C) The p. - », overiep

vi. The orbital that can make pi
bond.
porbial + p orbital (‘side-on’ overiap)

). 0_(=
A=)

Note:

a) In case of pi bond formation which is over a covalent bond, the electron
density is greatest above and below the line joining the two nuclei and this is
also called nodal plane.

b) Only pure, parallel, co-planner, half filled p-orbitals on adjacent atoms can
form a n bond.

c) Only one bond in any multiple bonds can be a si
bonds are pi bonds.

d) In case of hybridization, the .overlappin

produces a sigma (o) bond.

9. Arrange the following species in order of increasing stability

Ans:

Bond order =

Li, Li;*, Liy

Justify your choice with molecular orbital theory.

Lithium Molecule Li,:
Li=1s%2s’

The molecular orbital diagram of Li, is given below.
As there is no electron is present in ¢°2s 80 the bond order will be.
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Molecular orbitals energy level diagram of Li,

Lithium (Li,*) ion:
i The molecular orbital diagram of Li," is
shown below

if. One electrons is present in 25 orbitals.

iii. The antibonding molecular orbital o*2s is
empty.

iv. Thus, its bond order is = 1—;2 =0.5
Lithium (Li;") ion:

i The molecular orbital diagram of Li, is
shown below. .
ii. Two electrons are present in o2s orbitals.
i, The antibonding molecular orbital ¢*2s
coritain one electron.

.iv.  Thus, its bond order is = 22 = 0.5
Co.«clusion:

From the bond orders it is concluded that of Li, has greater bond order than
those of Li;" and Li; ions, therefore, it has stronger bonding and it is more stable
than Li;" and Li; ions. Li,” and Li, ions have same bond order, therefore, they have
almost equal stability.

But Li,” has more electrons in high energy antibonding orbitals than Li;".
Thus, Li," ion is more stable than Li, ion.

Therefore, increasing order of stability is Li,” < Li," < Li,

10. A double bond is stronger than a single bond and a triple bond is
weaker than a double bond.

Ans: A single bond consists of a sigma electron could (orbital) which in itself is the

strongest type of bonding

But, when we create a double you are adding a pi orbital (which is weaker than
sigma orbital), since the pi orbital is being added to an existing sigma orbital it logically
follows that it will be a stronger one (pi and sigma > sigma), the effect of the pi orbital will be
strengthening the overall bond {double bond) but also shortening the distance between the
atoms which means shorter bond.

Triple bond on the other hand adds another pi orbital to the existing sigma and pi
orbitals making the triple bond weaker than a double bond.

The shrinkage of ‘the multiple bonds is due to the presence of extra n electrons (two =
electrons in the case of a double bond and four n electrons in the case of triple bond which
makes a triple bond is weaker than a doubie bond.) between the two nuclei, which exert
additional attraction on both the nuclei bringing them closer to each other.

Therefore double bond is stronger than a single bond and a tripie bond is weaker than a
double bond.



