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! Examples:
| = Phosphorus pentachloride (PCL): P has 10 elect
| o Sulfur hexafluorid ; : ctrons in its valence shell. St
| Simmany ¢ (SFq): S has 12 electrons in its valence shell. E I Slep 2: Skeleton Structure
: | i « Central atom P |
I Featire o T : : « 4 single bonds to O atoms '
' Valence shell e | | « Remaining electrons go on the oxygens as | |
! Available orbitals %5, 2p lno—d — ' ' Explanation of Expanded Octet: STRERESER '
’ r a i :
| Snimumvalence electrons = 5) ! ! « Inbasic Lewns structures, phosphorus forms 4 single bond I
i Conchuslons Expanded octet possible? No | 3 ::2:1??:' ;‘;"“‘-‘ resonance-stabilized forms can be dr;:: o‘;:g‘-'" (8 bonding electrons) |
: g to 10 electrons around ph wn where one P=0 double bo
flements of Perlod 2 (I ! ! Ses ol phosphorus e bond =asts, !
' ike C,N, 0, and F) ca [ | es, phosphorus can also expand |
| e Theylack low-energy d or;:u;u = “l‘eir':::nhave expanded octets because: I ' Explanation of Expanded Octet: ts octet. !
; e They are limited to the s and p orbitals only, :J:lscrll'le:o | ! s+ Phosphorus s in Period 3 |
y «  Therefore, they follovs the octet rule strictl ’ 1d 2 maximum of B electrons. i | | » Canutilize 3d orbitals to accommodate |
| b) Predict and explain the expanded y, unlike elements in Period 3 and beyond F Concluslon: more than 8 electrons I
| A ]
F ans, GiestlLatsanabpath octets In the following lons: C£0;, PO}~ |l | Phosphorus in PO,*" can have an e |
| s analyze the possibility of expanded octets i - 1 double bonds xpanded octet, especially in re
| = CLO, (chlorate ion) ets in the following polyatomic ions: i | Summary: . sonance forms with one or more P-0
| ;{ ’I’g«t" (phosphate lon) B - ton licential !
g ¢'ll determine whether the ) o ntral Atom | Period | Ex
12 = anded
i 1. Cl0,- (Chlorate fon) entral atom uses an expanded octet and why. ' ' clo, cL 3 P YESOﬂet? Why !
3=
; Step 1: Total Valence Electrons ‘: e s 5 3 Yes iccess O o !
| g stein g o : ccessto3dorbitals | i
[ e 0:346=18 " ELECTRONEGATIVITY AND THE TYP .
' e Charge: -1 -» add 1 electron ! » Theeffectof el = OF BOND
I Total =7 + 18 + 1 = 26 electrons | electronegativity on the type of bonding:
i Step 2: Skeleton Structure . The dlfference In electronegativity of two b .
* Central atom: | polarity and an Indicati o bonded atoms provides an o
i . 8 om: CL S cation of the type of bond. pproximate measure of the bond
oxygens around CL ! en this difference is very small
' | e Wheni or zero, the bond is coval
I ;' Single bonds to each O (initially) : en it is large, the bond is polar covalent or ionic Usientandnovpeler.
! - Pc?nillon of Expanided Octets | » Changeinthe nature of bond with electro i ‘
| i onlz used B electrons (octet), it couldn’t form stable st ¢ The following figure graphically d negativity difference:
u '’ e s | ; e )
; tvio s;‘gl:fh:’-‘::ﬂaﬂcehand formal charges, it Is often show;u::::es W*IE enough resonance but 1y différence- y depicts the change in the nature of bond with electronegat
s to the other 0. | h one double bond t s TS atoms havi egatraty
' electrons + 2 7 2 single- . It means chlorine has 10 electrons e STavingiactranegativity diffan
| e chiorinwican havlzie bond electrons = 6 bonding pairs = 12 e7) around it Is (2 double-bor¢ non-polar covalent bond). y ence less than 0.4 are said to make a pure covalent bond
' Exolanatl n expanded octet. . * An electronegativity di (or
| p c:'at on of Expanded Octet: above this val piiferenceibotuac0shand L8 conespond
. is value : onds t
i ; Cano;lcne Is In Perlod 3 which has access to 3d orbitals » The e|eﬂronega:g:; b:::! between two atoms will be ionic in nalur: a2 polar covalent bond, whereas,
commodate more than 8 yidifierences betw .
p electrons In vale 0 (non- een the atoms in th
I gr:clu;:’n; nce shell p:;:n:o!;'}. 0.9 (polar covalent), and 2.1 (ionic), res : b:’nds such as H-H, H-C/, and NaCl are
' n CLO,~ exhibits an ex ’ a polar coval - » respectively. This Is why H
panded octet alentbond, wherea is an ioni yiti=intond. s con)
I 7 structures. to minimize formal charges and form resonance-stabilize: lefgg;.\:g: olbelegmnegalwlty sNacksanloniccompound -
1Z. PO (Phosphate | ¢ n bonded atoms Bond
| S o) 2
tep 1: Total Val Ze
' ence Electrons o P
; ure
| e P:5valence electrons ( Sovalnt ) Eigeaéesglsd‘mmr
; o 0:426=24 <1.8 ( Pol
] ; Wi bt | F ar Covalent )
j_ _ Total=5424+3 =32electrons | 248 )
— o ——— - — | ( ) Covalent character
S SO e = A decreases
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! [F] Quick cHECK 3.3 !
ound
la) Predict with the help of electronegativity values whether the bonds In these compounds wouylg b‘l
: non-polar covalent, polar covalent, or lonlc. I
f DHE WK M)CaFy W)ICI  v)Br |
| Ans. Compounds Type of Bond i
1 1) HF Polar covalent :
| 1) KI lonic bond |
ll lii) CaFy lonic bond l
' iv) ICL Polar covalent |
| v) Bra Non-polar covalent TR, i
o Dipole Moment and Polarity of Molecules E
Definition:

(a)

“The product of electric charge (q) ond the distance between the positive and negative centers (g
called dipole moment",

H=qxt

Units:

The dipole moment is measured in:

(i) Debye (D) unit

(i) Coulomb meter (Cm)—SI unit

* In compounds such as HF, where the bonded atoms are from different elements, the electropy
distribution between the atoms is uneven. Due to this reason, one atom carries causes partial pogjy;,,
and the other negative charge. A molecule with §* charge on one part and 8~ charge on the Other p3q
is called a dinnle and such a molecule is said to have a dipole moment.

* It is a quantitative measurement of the polarity of a bond or a molecule. The dipole moments 4|
diatomic molecules like HF, HCZ, HBr, H, NO, etc. are directed from the positive ends (5°) to negatiy
ends (87) as in Fig. Higher dipole moment indicates high polarity In a molecule. Dipole moment
measured in Debye unit (D).

Figure: Electron density In HF Is hlgh:r near the F atom and the dipole moment Is directed from Hto F
Dipole Moment and Molecular Structure
For compounds having more than two atoms, the dipole moment depends on the structure of th
molecule.
(i) Water
* The dipole moment of water is 1.85 D which Is directed from
the end having two hydrogen atoms to the end with the
oxygen atom as in the structure shown in Fig. A linear H,0
molecule (H-O-H) would have zero dipole moment.
= The non-zero dipole moment value shows that water is a

'
@ Rack Your Brainl ||

4. Which of the followlng molecules
has zero dipole moment?

A) NH 8) CH
non-linear molecule. :c]} Ho :D; Bp’a, J
= Experiments reveal that the water molecule has a v-shaped
structure.
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Ans. Electror_u_e_ggtlviﬂ gf C=25

(1) SO
= 50 has a dipole moment of 1.61 D and in opposite direction to that in water.

(1) H:S
= H;S is also a non-linear molecule as the Individual bonds are polar, but they don't cancel each

other's dipole moment and the overall molecule has some dipole moment.

Llectron density map of the waler molecule. Red
represents the rich crygen reglon, and blue represents

&- 5+
S
‘/HZ?Q}m {éf I\Qo\&
the electron-deficdent ydrogen end. Dipole moment Iy

P=1.85D P=161D
from blue 1o red

Flgure: Vector addition of Individual bond moments In angular H:0 and SOz molecules

(b) Zero Net Dipole Moment

some molecules have zero dipole moments as the symmetry In thelr structures causes the cancellation of
the Individual bond moments.
() BeCl
= BeCt, s a linear molecule having two similar CL atoms on both sides of the central atom at 180" .
The individual Be—C¢ bond moments are cancelled out as they are opposite in direction and equal
in amount.

(1) ccl
= (CCf, has four C-Cf¢ bonds which are expected to have high polarity due to a large

electronegativity difference between C and CL atoms. The bond moments assoclated to the four
C—-C{ bonds are directed in such a way that they cancel each other. The net dipole moment of the
CCL molecule is zero making it a non-polar molecule. The CCL molecule is perfectly tetrahedral.

(ill) BFs .
= BF; has a trigonal planar symmetrical structure and its dipole moment Is also zero. As a rule, the

molecules that have same ligands (atoms or groups of atoms with the central atom) in a regular
geometry, the individual dipole moments may not be zero, but overall molecule has zero dipole
moment. Such a molecule is said to be non-polar.

I cl
= M e,
Cl-£Be——Cl| F;Q Q\F " cf;/ \\ ) cl
p=0D p=0D p=0D

Figure: The Individual bond moments In symmetrical molecules;
BeCZ,,BF,_ and CC{, are cancelled out to give zero net dipole moment.

[¥| Quick cHECK 3.4

Do you think that individual bonds CCL, are polar? Explain In terms of the electronegativity difference.
What about the polarity of overall CCZ, molecule?

Can you explain why CO has a dipole moment but CO; does not have any? !
Ans. CO has a dipole moment while CO; does not have any. |
Reason: CO; has a linear structurd, because the dipoles being equal and opposite, cancel out each
other’s effect. Similarly CS; has zero dipole moment. ; |
=0 o= o= '
1=012D n=0 f
|
]
|
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|~ " TElectronegativity of CL= 32 . N i l
A individual C = CL bonds in CCL are polar due 1o electronegativity difference with partial positive Chargy,
! on C and partial negative charge on CL So each C = CL bond is polar with a dipole moment.

| However, due to symmetrical tetrahedral shape of CCL, The overall molecule is non-polar becayse the!

' individual bond dipoles cancel each other.
'l c)  Are these molecules polar or non-polar? Briefly give reasons. HF, CH,C/,, 0,, H, S E
| Ans. Molecules Dipole moment Polar/Non-polar N
) HF 1.83D Polar |
I CH:CLy 1.60D Polar !
i 0: 0.0D Non-polar !
e H:S 0.97 D Polar |
|

INTERMOLECULAR FORCES

Intermolecular forces are also the binding forces just like chemical bonds. However, the attraction betweep
molecules is much weaker than the chemical bonds. These forces are believed to exist between all kinds
atoms and molecules when they are sufficiently close to each other. Such intermolecular forces are calleg
der Waals forces. These intermolecular forces bring the molecules close together and give particular Physig
properties o the substances in gaseous, liquid, and solid states.
Three types of such forces are mentioned here:
i) Instantanzous dipole-induced dipole forces or London dispersion forces
ii)  Permanent dipole-permanent dipole forces
iii) Hydrogen Bonding

(For the detailed discussion on these forces, see the chapter."states and phases of miatter").

BOND ENERGY AND BOND LENGTH

“The bond energy Is the average amount of energy required to break all bonds of a particular typ:;,;;
mole of a substance.”
= Itisdetermined experimentally by measuring the heat involved in a chemical reaction and its unit is kJ mor?,
* Bond energy is 3 measure of the strength of a bond and its reactivity.
* The strength of a bond depends upon the following factors.
Factors Affecting Bond Energy:
(i) Electronegativity difference of bonded atoms
(ii) Size of atoms.
The bond energies/enthalpies of some bonds are presented in Table.
Table: Average bond energies of some selected bonds In k) mol™

v

Single bonds Multiple bonds
H-H | 432 | C-1 | 240 F—F 154 C=C 614
H—F | 565 | C—-CL|339|Cl-ClL|239| C=C 839
H—CL| 427 | C—N |305| Br-Br|193| 0=0 495
H-Br |363 | C-0 358 I-I |149]| C=0 745
H—1 | 295 | N—H | 391] S-S |266] N=N 941
C—H |413 | N—O0 | 201 | Si—Si |340| C=N 615
C—C | 347 | O—H | 467 | Si—0 | 452 | N=0 607

Let us consider the role played by electronegativity difference. Look at the bond energies of H-X typed

compounds, where X=F, C/,Br,l. The data show that the bond energy of a bond rises with tk
increasing electronegativily difference between the bonded atoms. As the difference i
electronegativity increases, the bond polarity also becomes greater and this gives rise to addition
attractive force for binding the atoms.
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This is why the bond energy for HF is higher (565 ki mol™ ) than for HI (295 kJ mol’ '). It may be noted that

energles of multiple bonds are greater than those of single bonds.
C=C>C=C>C-C

3 Bond Length:

e Definition: "Bond length is the distance between the nuclei of two atoms forming a covalent bond".

e« Measurement: The bond lengths are experimentally determined by physical technigues, such as
electron diffraction, X-ray diffraction, or spectral studies.

e Factors Affecting Bond Length: The bond length of a bond is governed by many factors including
electronegativity (electronegatlvity difference), size, and the nature of the covalent bond (single,
double, or triple).

e Explanation: With an increase In size of the atoms, the covalent bond length also increases. The C— CL
bond length is about 180 pm, whereas the C — F bond length is 135. This is because the CL atom is
much larger. With the rise in electronegativity difference between the bonded atoms, the bond
becomes shortened. For example, Si-F bond length In SiF, is found to be near 155 pm, whereas the
calculation of Si—F bond from the covalent radii of Si and F{Si=117pm and F=64pm) is 181 pm. The
electronegativity difference causes an ionic character in the covalent bond. The ionic character results
in shortening of the bond length due to the additional attraction between the bonded atoms.

s Some selected bond lengths are given in Table.

Table: Bond lengths of some selected bonds

Bond | Bond length (pm) | Bond | Bond length (pm)
H=H 74 Si—F 155
H-Br 144 C—F 135
cC—-C 154 Cc-Ct 180
Cc=C 133 C-Br 196
C=C 120 C—1 214
C=0 122 B—F 130
Si—H _146 B-Cf 175
5 II-] QUICK CHECK 3.5 ; _‘
(a) Hiisastronger acid and a robust reducing agent, whereas HF Is a weaker acid. Explain.
Ans. The difference in acid strength and reducing ability between HI (hydroiodic acid) and HF (hydrofluoric
acid) Is rooted In bond strength, electronegativity, and ion stability.
Reasons:
Acid strength depends on how easily a molecule donates a proton (H*).

(= = = e i —— ———— —— —— ——— = —— ——
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1.  Acld Strength: HI > HF i
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2. Reducing Strength: HI > HF

Bond strength (H-X bond):

e H-Fbond is very strong (565 kJ/mol) due to the small size of fluorine and strong overlap with hydrogen.

» H-l bond is much weaker (297 kJ/mol) because lodine is large and the overlap with hydrogen
orbital is poor.

Weaker H-1 bond breaks more easlly, releasing H* more readily — stronger acid.

Anlon stability (F- and I7): -

. * Fissmall and highly charged (high charge density) — strongly attracts protons, so it.helds onto H*

tightly — reverses the dissoclatlon. |

= |"is large, more polarizable, and better stabilizes the negative charge — doesn't recombline as easily !
with H* — acid remains dissociated.

I~ Is more stable in solution than F- — favors complete dissociation — stronger acid. .

A reducing agent donates electrons (l.e., gets oxidized itself).
¢ Inredox terms:
1" — 12+ 2e" (gets oxidized)

l
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(more reactive), which Is why it's used as a fuel (e.g.in oxy-acetylene torches). '

Property Acetylene (C;H) Ethene (C;Ha) |

C—C Bond Type Triple Double i

Heat of Formation (AHj) | +226 ki/mol +52 kJ/mol b

Thermodynaric Stability | Lower Higher |

L - — - — - _ L Reactivity Higher (more reactive) | Lower s A __;

A COMPARISON AMONG IONIC, COVALENT, METALLIC BONDS AND °
INTERMOLECULAR FORCES
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Ease of oxidallon.
e [I"Is much casler to oxidize than F~ because:
= lodine has a lower electronegativity (2.5) than fluorine (4. 0}
= Fluoride ion (F7) Is very stable and resists giving up electrons
= |” can be oxidized to I; more readily < good reducing agent
Hi Is a stronger reducing agent because I” Is more caslly oxidized than F.

Property HI HF
H-X Bond Strength | Weak (easily broken) Strong (hard to break)
Acid Strength Strong acld Weak acld

X" Anion Stability | I- stable (large, polarizable) F- less stable [small, high charge densiy ]
Reducing Power Strong reducing agent Weakreduclngagent " - .
(b) Acetylene (HC=CH) Is more stable than ethene (H,C=CH,). Can you explain Why?
Ans. Actually, acetylene (CiHi) Is less stable than ethene (CiHa) In terms of enthalpy or ‘h’-’-'ml’dvnam

stabllity — not more stable,

Explanation:

Structures

s Acetylene (CiH;):

Linear molecule with a triple bond between the carbon atoms: H-C = C-H

*  Ethene (C;Ha): Planar molecule with a double bond between the carbon atoms: HyC = CH,

Thermodynamlc Stabllity (Bond Energles)

Let's look at the total bond energy (approximate values):

Molecule C-C Bond Type C-H Bonds Total Bond Energy (k)/mol)
Acetylene | 1 triple (839 ki/mol) | 2 x C-H (2 x 412) = 824 1663 0
Ethene | 1 double (614 kI/mol) | 4 x C—H (4 x 412) = 1648 2262

Ethene has more total bond energy — more stable (lower energy).
Higher total bond energy = more stable molecule

Heat of Formation (AHj)

* Acetylene (C:H;): 4226 ki/mol (positive —» less stable)

¢ Ethene (C:H4): +52 ki/mol (less positive — more stable)

" Ethene has a lower heat of formation — more thermodynamically stable.
Acetylene can seem "stronger" or "tougher” because of the triple bond, which is short and strong, But,
this doesn’t mean it's more thermodynamically stable overall. In fact, acetylene contains more energy |

Chemical bonds (ionic, covalent, and metallic bond) are usually termed as true chemical bonds because they

affect the chemical properties of a substance.

Distinction between chemical bonds and Intermolecular forces:

(I}  Chemical bonds result in the formation of new specles through transfer and sharing of electrons. Whereas,
intermolecular forces act to bring molecules closer and Influence the physical properties. (However, sucha
clear distinction between the chemical bonds and intermolecular forces is not possible).

o
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Bond Strength: The distinctive feature of the chemical bonds and intermolecular forces Is thelr bond
strength. The strength of a force Is measured by the bond energy. Table provides a comparison among

different chemical bonds and Intermolecular forces.
Table: Relative strengths of chemlical bonds and Intermolecular forces

Bond Type Bond Energy (k mol™)
lonlc bond In NaCL 760
0-H bond In water 464
Hydrogen bonding 20-50
Permanent dipole- Permanent dipole force 5-20
Van der Waals forces 1-20

The bond energy of lonic bond (sodium chloride, 760 kimol™) Is highest, followed by covalent bond

(0-H=464 ki mol”) and average hydrogen bond energy (20-25 ki mol™ ). It shows that the lonic bond is the
strongest form of chemical bonding. It also reveals that chemical bonds are generally much stronger than

Intermolecular forces. The permanent dipole-dipole forces (5—20 kimol") and London dispersion forces

i {1—20 ki mo|” ) are éven weaker as indicated by their low bond energles.

The metallic bond is mostly elaborated in terms of electrostatic forces, although some theories suggest that it
may be of covalent nature. In any case, the metallic bond Is weaker than both the ionic and covalent bonds. The

average bond energy of the metallic bond is 100-150 ki mol" . A satisfactory argument for the low strength of
metallic bond is extensive delocalization of electrons within the metallic crystal,

VALENCE BOND THEORY (VBT)

(Exercise LQ.J,

Q. How the bonding In the following molecules can be explained with respect to valence bond theory?
() ct, () 0, (1) N, (Iv) HF (v) H,S

The VSEPR model predicts and explains the shapes of molecules but does not give reasons for the
formation of bond's.

»  Introduction of VBT:
VBT Is concerned with both the formation of bonds and the shapes of molecules. This method of
describing a covalent bond considers a molecule as a combination of atoms

»  Postulates of VBT:
The postulates of VBT are given below:
* A covalent bond Is formed when half-filled orbitals in the valence shells of two atoms with similar

energy overlap.
e Agreater overlap of the orbitals results in a stronger bond.
e Covalent bonds are directional. The direction of the bond is determined by the shape and mode of the
overlapping orbitals.

9 Formation of Sigima Bond
A sigma bond is forrned by the linear overlap of two half-filled atomic orbitals on adjacent atoms. The
orbitals approach each other on the nuclear axis. Both s and p
orbitals can overlap hizad-on to form sigma bonds.

»  s-sOverlap (H-H Molecule)
The 's' orbital of one atom overlaps with the s-orbital of the other to
give a bond orbital. This type of overlap occurs during the formation of the H, molecule, where each
hydrogen atom has a half-filled 's' orbital.
After the bond formation, the electrons are paired up and the electron density in this molecule is
symmetrical around the two nuclei as in Figure.

@ Rack Your Brain!

5. How sigma bonds are formed?
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Denuity
s H, molecule
Hydrogen Hydrogen
Figure: Overlap between s orblitals of two hydrogen atoms to form the Ha molecule
»  s-p Overlap (H—CL Molecule)

»

>

v o

The s orbital of one atom can overlap with the p orbital of the other to form a covalent bond (q), Fc
example, in HCL molecule, a half-filled s orbital of hydrogen overlaps with a halffilled p orbital of Chlor[
as shown in Figure. The electron density Is higher close to the CL atom due to:its higher electronegay;,,
value. This is why HCL s a polar molecule, Y

G).. — @ — @

Mydrogen stomChionng otom Owd.np al.nm‘ """“Wai""””“
. Fig.: Formatlon of o bond by s-p overlap

p-p Overlap (CL- CL Molecule)

An example of this type of overlap is the formation of the Cl;

molecule where ' p ' orbitals of two chlorine atoms overlap on the

nuclear axis. The electron density is symmetrical around the nuclel

of the two CL atoms because both have same value of

electronegativity.

.'. e — ..'.—. o@@
Chbnna alom Chlonns alom
Molecular orbitals

Alomic orbitals moleculn
Flgure: Dvedap of p and p orbitals to form Clz molecule according to VBT

Interesting Information|
The bond angle In H:0 Is 1g4 s,
whereas In HS, It s 92° This Is h!cau;
the orbitals of S are larger and the lone
palr exerts a stronger repulsion,

H;S Molecule

The H,S molecule is a non-linear molecule which is formed by the
combination of one Sulphur and two hydrogen atoms. The two 3p
(say 3py and 3p.) orbitals of Sulphur containing one electron each
can overlap with the 1s orbitals of two hydrogen atoms. A v-shaped
molecule is thus formed having a bond angle of 92° as in Fig.

@ Rack Your Brain!

6. How pl n1) bonds are formed?

Partially filed
Ip cibitals

Filled 3p orbital

Fig.: The formatlon of H:S molecule by H and S orblitals overlap

Formation of = bond

Formation of Double bondin0O =0

Consider the formation of a double covalent bond between oxygen
atoms (O = 0). There are two unpaired electrons on each atom in
perpendicular p orbitals (say P, and Py). The p, orbitals on the two
oxygen atoms are oriented in such a way that they overlap end-to-end
linearly. The linear overlap of the p. orbitals gives a ¢ bond. However,
the py orbitals on both atoms are aligned parallel to each other. They
overlap in a parallel way so that the two p lobes overlap above the

1 i 0o=o0
p.ane of tf.le nuclei and the other t_wo lobes below the plane as shown in Flgure: Formation of doublé b
Figure. This results in the formation of n bond. The oxygen atoms are (o and 1) between oxygen atoms |
doubly bonded through o and n bonds.
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] || Quick cHECK 3.6
| a) Draw the orbital structures of H,0 and N; molecules.
! Ans. Water (H:0)

Lewls Structure:

e Oxygen (0): 6 valence electrons

e Hydrogen (H):1eachx2=2

e Total =8 electrons

« Oxygen forms 2 single bonds with hydrogen and retains 2 lone palrs
Electron Geometry: .

« 4 electron regions (2 bonding pairs + 2 lone pairs)

e Electron geometry: Tetrahedral

« Molecular shape: Bent (V-shaped) due to lone pair repulsion

« Bond angle: 104.5°

2. Nitrogen Molecule (N;)

Lewls Structure:

e Each nitrogen atom has 5 valence electrons

¢ They share three pairs of electrons to form a triple bond

e Each N has a lone pair remaining

Electron Geometry:

s Only 2 atoms, so itis linear

« Bond type: Triple bond

« Molecular shape: Linear

e Bond angle: 180°

N=N:

b) Draw the orbital overlap to show the formation of F2 and HF molecules.
Ans. Fluorine molecule (F)

FeF
‘|=. F-F

<>|@07|<> {)@k}_ﬁl:l

The formation of the fluorine molecule
Hydrogen Fluoride Molecule (HF) -

113

30— B0

[ e — - — —— — - — — = = —— — ———

—_—— e — e —— — - — . — — i —— — i —— —

The formahon of the hydrogen fluoride molacu!e
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ATOMIC ORBITAL HYBRIDIZATION

Q. Explain the orbital hybridization for CH,,NH,,BF,, and BoC¢,.
S Hybridization:

A process in which atomic orbitals of slightly different energies and shapes are mixed together tq fom,
new set of equivalent orbitals of same energy and same shape Is called hybridization.

iy

* Hybridization is a process of mixing of orbitals in a single atom (or lon).
» Only orbitals of comparable (relatively close) energies can be mixed to form hybrid orbitals.
« The number of mixing orbitals is always equal to the number of the resulting hybrid orbitals.
9 Types of Hybridization
sp Hybridization
» In sp hybridization, ones (low energy and spherical) and one p orbital (high energy and dum
shaped), intermix to give a new set of two orbitals of same energy and same shape called sp 'Wz
orbitals. These sp hybrid orbitals are arranged In linear geometry and oriented at 180°.
= Beryllium Chloride (BeCl;): The electronic configuration of the outermost shell of Be is as follows:

aem‘ 25, 2, 2
Bem= T Excited B’W““:T T

2s 2p, 2p, 2p, sp sp

= The two sp hybrid orbitals lie linearly as in the following diagram Fig. The sp hybridization explains(}
geometry of linear molecules such as beryllium chloride, BeCt,. It is formed when two sp hyy
orbitals of Be atom overlap with the half-filled p-orbitals of chlorine atoms.

| L_J

‘f

Ground

hybridized

3 ortrtal
180‘

..8=

Figure: Mixing of s and p orbitals to give two hybr!d sp orbitals and the formation of BeC{,

>  sp? Hybridization
* In sp? hybridization, one s and two p atomic orbitals of an atom intermix to form three orbitals aly|
sp? hybrid orbitals.
» The three half-filled sp? hybrid orbitals are arranged in a trigonal planar geometry with bond angles of 12¢
z

8t
i
]
4

Cl—* Be— CL

2s orbital 2p, orbital 2p, orbital Shape of one sp’ orbilal
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Figure: Formatlon of sp? hybrid orbitals from atomlc orbitals

e Boron Trifluoride (BF)): The sp? hybridization explains the geometry of planar molecules such as BF,.
Electronic configuration of sB Is:

sBground = ,LT T Ground
2s 2p, 2p, 2p,

Bexcited = T T T Exciled Bnm«-«" T T T Hybridized
2s 2p, 2p, 2p; sp? sp? sp?

e The three outermost orbitals of B mix together to give three sp’ hybrid orbitals. On the other hand,
one of the p orbitals of fluorine is half filled (e.g. 2p, ). BF, is formed by the overlap of three half-filled

sp® hybrid orbitals of boron with 2p, orbitals of three fluorine atoms. The structure is triangular planer
with bond angles equal to 120°, each as in Figure.

Flgure: Formation of BFy molecule through sp-p overlap

»  Sp®Hybridizatlon
¢ In sp? hybridization, one s-orbital (low energy and spherical) and three p-orbitals (high energy and
dumbbell shaped), intermix to give a new set of four orbitals of same energy and same shape. Each of
these hybrid orbitals Is a sp® hybrid orbital.
s Methane (CHi): These hybrid orbitals are arranged In the tetrahedral geometry as shown in the
example of CHs as in Fig.
e The electronic configurations of valence shell of ¢C In Its excited and hybridized states are given as

follows: )
¢Coround = T T Ground
2s 2p, 2p, 2p,
Cooes= [T] [T e coms[TTTITLT e
23 2p, 2p, 2p, sp' sp’ sp' sp’

¢ The energles of hybrid orbitals are lower than unhybrid orbitals. Figure shows the outermost four
atomic orbitals of carbon mix up to give four hybrid orbitais of same energy and same shape.

mﬂﬂh ot

ha -q P oy
2s orbital  2p, orbital 2p, orbital 2p, orbital Four sp' hybrid orbitals .

Figure: Formatlon of sp? hybrld orbitals of C In methane
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» The four new hybrid orbitals of equal energy have a
tetrahedral geometry with:carbon nucleus at the center. [}. Dld You Know? Table: Geometrles and shapes of different systems of covalently bonded co:npnunds
The methan lecule Is formed by the overlap of sp’ | E3ch sp’ hybrid orbital conslsts of two lobes, Angular
_ e molecule by P P one larger and the other smaller, For the No. of electron pairs No. of Electron palr Shape with separation of Examples
hybrid orbitals of carbon with 1s orbitals of four hydrogen sake of simplicity, the smaller lobe 5 usua around central atom | lone pairs geometry respect to atoms St
atoms separately to form four sigma bonds. The four C=H | " 0" e representing sp? hvh"" — -
) d 2 0 linear linear 180° co,, BeCt,
bonds, which result from sp’-s overlaps, are directed orbitals together. - -
towards the corners of a regular tetrahedron. , 3 0 trigonal trigonal 120° BC;, SO,
il 3 1 trigonal Angular, v- shaped Less than 120° S0,, SnCf,
VALENCE SHELL ELECTRON PAIR REPULSION MODEL (VSEPR) = 4 0 tetrahedral tetrahedral 109.5° CH,, CC¢,
— B 4 1 tetrahedral pyramidal Less than 109.5° NH,, H,O‘
————] s 4 ° 2 tetrahedral Angular, v-shaped 5° H,0, OF,
Q. What are the postulates of VSEPR model? Discuss the structures of the following specles with referenc, B 3 ) Trigonal Trl;onal Le“g:,“;ig 2 PJCI rz
to this theary. - bipyramidal ¢ ks
(1) cH, () NH, (i) H,0* (iv) PC¢ (v) so, (vi) SF, 6 0 octahedrat " octahedral 90° SF,, XeFs |
The VSEPR model describes the shapes of molecules based on the electron pairs that surround the centry| = Stepsto Determine the Shapes of Molecules
atom. This model was presented by Sidgwick and Powell In 1940. It is based on the assumption that 5 The following steps are followed to predict the shape of a molecule.
molecule will take a shape such that the electronic repulsions among the valence electrons of that atom are I. The least electronegative atom or the element with the least number of atoms
minimum., In order to have the minimal repulsions, the electron pairs arrange themselves at farthest possibl, is mostly selected as the central atom. For example, In CCLs, the carbon atom is Ct
distances. This arrangement of the electron pairs determines the geometry of the resulting molecule, the central atom. '
Postul . Il. The total number of electron pairs around the central atom are counted | . -Ct
ORSunNLass : . (including bond pairs and lone pairs). For example in CCL, the total number of
I. Both the lone pairs (non-bonded) as well as the bond pairs participate in determining the geometrigs bond pairs around the C atom are 4 and.it has no lone pair. "
of molecules. Jil. The total number of electron pairs determines the electron pair geometry (as Ct
li. The electron pairs are arranged around the central atom so as to remain at maximum distance apart 1y in the above table) of the molecule. For example, CCL has total four electron

pairs and its geometry is tetrahedral.

avoid repulsions,
iv. Finally, the actual shape of the molecule is determined excluding the lone pairs (if any).

lii. The electrons of lone pairs occupy more space than the bond pairs. As a result, the non- bonding
electron pairs exert greater repulsive forces on bonding electron pairs and, thus, tend to compress the
bond pairs. The magnitude of repulsions between the electron pairs in a given molecule decreases iy
the following order:

Lone pair- lone pair (Ip — Ip) > lone pair-bond palr (Ip — bp) > bond pair (pm) bond pair (bp — bp) Number of electron pairs around the central atom are calculated as in the following example:
* ValenceelectronsinN=5 Calculation for lone pairson N

@O ® @ e Electronssharedby3H=3x1=3 No. of lone pairs on N = Total no. of pairs —
« Total numberofelectrons=5+3=8 no. of bond pairs

No. of lone pairsonN=4-3=1

Thus, N has 1 lone pairin NH;

8
An electron pair shared by two nuclei occupies less space than a lone palr bound by a single nucleus * Total number of electron pairs T3 4

iv. Th‘e two eanron pairs of‘a double bond an.d three electr'o'n o AB:type Molecules (Linear geometry)
pairs of a triple bond, contain a higher electronic charge density, @R“k Your Brain! In such molecules, two electrons pairs around the central atom are arranged at an angle of 180° to
but they are regarded as single pairs. ol i minimize repulsions between them. Thus, they form a linear geometry as shown in Figure. BeCl, molecule
v. The presence of highly electronegative atoms with the central | 7. Why does lone pair of electrons is of AB; type with Be as the central atom and two bond pairs around it, but no lone pair.
atom results in decreased electronic repulsions between the ::;‘;P:a‘;::"’ space.as compared to 180°

bond pairs, but stronger repulsion by the lone pair.
P SSIRBEBRIRY B ateelc @@

® Predicting the Shapes of Molecules Figure: Linear shape of the BeCls molecule
In order to illustrate this model, the central atom is named ' A '. The electron pairs around ' A ' are Electron pairs Arrangement of | Molecular
designated as ' B '. There may be different number of electron pairs around the central atom depending Molecule Total | Bonding Lone Type palrs geometry Shape
upon its valency. It gives rise to various types of molecules, such as AB;, AB;, ABs, etc. The electron palf BeCly 2 2 0 AB, tihesr ifoasr 160
geometry of a molecule is determined by the total number of electron pairs around ' A ' whereas, tht C'"_g-‘!—;?
actual shape of the molecule is determined by the atoms excluding the lone pairs. Following Table glves MgCL 2 2 0 AB; Linear Linear CI—/M-;\—CI

the possible shapes of different types of molecules having varying numbers of bond and lone palrs. 1 Other Examples: MgCly, CaCla, CdCLy, SrCls, HgCla
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= ABaType (Tetrahedral geometry)

3  AB4type with four bond palrs and no lone pair:
In this type of molecules, the charge clouds due to four
electron pairs avold their electrostatic repulsions by being
farthest apart to form the shape of a regular tetrahedron.
Each of the bond angles is of 109.5°
valence electrons of carbon pair up with the sole (one)
electron of a hydrogen atom In methane. The four bonded
electron pairs are directed from the center towards the
corners of a regular tetrahedron, (as shown in Fig) with each
comer representing a hydrogen nucleus. This arrangement
permits a non-planar geometry of electron pairs, Each H—C—H

Each of the four

Figure: Regular tetrahedral shape of the CHq4

& Chapter 3 ) Chemical Bondin,
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9 AB; type (Trigonal planar geometry) )
»  ABjtype with bond palrs and no lone palr:
In AB; type molecules, the central atom is surrounded by three electron pairs, which are arranged 3
maximum distance apart at an angle of 120° giving a trigonal geometry.
Example BF; Molecule: BFy molecule has a trigonal planar shape with each F-B-F bond angle g
120° Figure. The similar geometries are expected in the hydrides of group 3 (lIl-A), l.e. AlH,,GaH;,BH,, etc.
Fl: 120°
F~ - F
Flgure: BFy Is an ABj system having trlangular planar geometry
»  ABjtype with one lone palr and two bond palrs:
In SnCL,, the Sn atom has 4 electrons In its outermost shell. It makes two bonds with two CLatoms and the
remaining two electrons exist as a lone pair (Figure below). One of the corners of the triangle Is occupieq
by this lone pair, giving rise to a distorted trigonal electron pair geometry (in vapour phase). The acty;|
shape of SnCL; is v -shaped and bond angle less than 120° due to the presence of a lone pair on Sn atom,
Electron palirs
T Sh
Molecule Total s 1 ype Arrangement Geometrv ape
snCl, Triangular Bent or Sn
(stamous | 3 | 2 | 1 AB, e Ewle m
chloride] | I

9 ABj; Type with Multiple Bonds

The molecule of SO; has all the three regions occupled by S = O bonds. The structure of SO; Is perfect]y
trigonal with each angle equal to 120°. On the other hand, in SO,, one corner of the triangle Is occupied bya

lone pair and the other two corners each by a double bond (S = 0) .. Thus, it makes an angular or v -shaped
structure just as SnCl; does as in Fig.

(o]
| 120°
5 Rack Your Brain!
= / "
0/ \0 Dﬁ)\ 8. Geometry of 50; molecule Is:
. Itioly bonded (A) Linear (B) Angular
Rgure Sha;;::;rdn:(:lplv e (C) Tetrahedral (D) Trigonal pyramidal
Molecule Kuciron paloe Type Arrangement Geometry Shape
Total B L
SO, AB; with §
[Sulphur 3 2 1 multiple Tr::::g::ar ::2:;:: / \
dioxide) bonds (0] __J
Electron pairs -|
Molecule Total B L Type Arrangement Geometry Shape
SO, AB; with 3
Sl 3 3 - multiple Triangular Triangular 120 ( "\120'
LY planar planar
trioxide) bond 0 T o

molecule
bond angle is perfectly 109.5°,
Examples: On the same grounds, SiH,,GeH,,CC{, possess the similar shape.
T Electron pairs Arrangement of
Molecule T B T Type pairs Geometry Shape
T H
CHa 4 4 0 ABa Tetrahedral Tetrahedral
Extend Your Knowledge
The tetrahedral shape has four corners, four faces, six edges and six bond angles. Ideally it has bond angles of
109.5° each.

» ABstype with three bond pairs and one lone pair:
(i) NH;
= - In the ammonia molecule (NH,), there are three atoms attached to the nitrogen atom having one

lone pair.

* Due to a lone pair, the ideal angle 109.5° is reduce to 107° as in Figure. This effect compels ammonia
to assume a triangular pyramidal shape with reduced bond angles, instead of a tetrahedral.
* The substitution of hydrogen in NH; with electronegative atoms like F or CL further reduces the
bond angles.
(i) NFs
= Take the example of NH,, which contains three highly electronegative F atoms bonded to the N
atom. The bond angles are further compressed to 102.5°.
» Reasons:
The first reason being the strong polarity of N=F bond, due to which N atom pulls the lone pair closer to its
nucleus. This, in turn, exerts a stronger repulsion over bonding electrons. Moreover, the bond pairs (N—F

bonds) are closer to F atoms than N atom. The increased distances in these bond pairs make their
repulsions weaker and allow the bonds to come closer.

Flgure: Distorted geometry and pyramldal shape of the NH; molecule
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Molecules Electron pairs Type rrangement o Geometry Shape
Total B L - pairs
- .l. T
NH; Trigonal A
Airodia 4 3 1 ABy Tetrahedral pyramidal H“““‘ N
(in) H:.0 -
Experiments show that the water molecule (H;0) is angular or v -shaped, although it has four elecy,
pairs around the central atom. Two of the corners of the tetrahedron are occupled by two lone pairs ;
the remaining two by bond pairs. But, due to the greater repulsions of the lone pairs, the bond ang],hL
reduced to 104.5° as In Fig. ;
..O.C
@" ..... @ H 104.5° H
Tetrahedralgeometry including lone pairs ~ Angular shape of water molecule excluding lone pairs
Figure: Water molecule has two lone pairs and Is v-shaped with suppressed bond angle
Molecule Electinn i Type Arrsngement of Geometry Shape
Total | B L i pairs
o . &
H:0 a | 2 2 AB, Tetrahedral Sestar 15N
angular
H_ H

(iv) Hydronium lon

The VSEPR model also explains the shapes of ions. The hydronium ion [H,0]" is formed when a waty
-molecule captures a proton. The hydronium ion belongs to AB, type with one lone pair and possesses;

trigonal pyramidal shape just like the ammonia molecule.

Amide lon

(v)

The amide ion [NH,] is also AB, type as it is surrounded by two lone pairs and two bond pairs. Iy

geometry is tetrahedral, but it has a bent shape (v-shape) similar to the water molecule (Figure).

Y

.'0'.
H/*\H
[

H Il H

H

+

Hydronium ion

H 1041° H
V-shaped amlide lon

tetrahedral electron
pair geometry

trigonal pyramidal shape

Figure: Shapes of hydronlum (H,0%) and amide lons (NH;)
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| [F4] Quick cHECK 3.7 :
la) calculate the number of lone palrs on the central atoms In the following: H;0, ICl,, T; !
iAns. H:0 (Water): |
' e Central atom: Oxygen (O) 1
| o Valence electrons of O: 6 !
i o Hydrogen atoms: 2 x 1 = 2 electrons shared |
' » Total electron pairs around O: (6 + 2)/2 = 4 palrs '
| « Bonding pairs: 2 (from two O — H bonds) !
i e Lone palrs on 0:4 - 2.= 2 [one pairs |
I ICly (lodine Trichloride) i
! e Central atom: lodine (1) 1
I e Valence electrons of I: 7 |
1 « Chlorine atoms: 3’ 1 bond = 3 bonding pairs ;
f e Total valence electrons involved: 7(1) + 3 1
| (shared with Cl) = 10 electrons = 5 pairs |
1 e Bonding pairs: 3 !
! e Lonepairsonl:5-3 =2 lone pairs !
| 15~ (Trilodide ion) 1
i e Central atom: lodine (middle 1) i
y ¢ Total Valence electrons: [
| * 3lodineatoms=3x7=21 |
i = Extra 1 electron (due to ~1 charge) = 22 electrons i
: s Total electron pairs: 22 + 2 = 11 pairs 1
| - « Bondingpairs:2 (I—1bonds) |
! s Non-bonding pali‘s on central I: Remaining 9 pairs — 6 on outer | atoms = 3 on central | i
! + Lone pairs on central I: 3 lone pairs 1
| b) Calculate the number of bond pairs and lone pairs in SiHs, H:Se, and PH;. |
i Ans Compound Bond Pairs Lone pairs ;
1 SiHs - I ) 0 []
I H,Se 2 2 |
i PH; 3 1 i
1c) Predict the shapes and angles in SiH,, H:Se, and PH;. 1
| Ans. SiH, Hase PH; !
| Type of molecule ABy ABy AB.4 |
i No. of bond pairs 4 2 3 i
1 No. of lone pairs 0 2 1 1

! Bond angle 109.5° 91° 93.5° |'
| Shape of molecule H Qj L
i . 5‘3109.5' /;1.\9?.5

1 H H H

!- ) HTet'r-'ah:c:ral Bent orV-shaped Trigonal Pyramidal
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B4
[d)  Predict how the bond angle In H,S would be different from that in H,0. N
; Ans. i
1 Electron palrs Arrangement of
Type Geomet Shape 1
| Molecule Total B L yp palrs ry P I
i i
Bentor /v |
, H,0 4 2 2 AB, Tetrahedral angular o4 ;\ :
I i
| ws ol 2 ||t 2 AB, Tetrahedral Seqtor = '
: . angular Hf"—'XH J
S AB:s type (Trigonal Bipyramid Geometry)
»  ABs type with five bond pairs and no lone pairs:
PCLs:
* In ABs type molecules, repulsions between the five electran pairs can be minimized by an evey
distribution of electrons among the corners of a trigonal bipyramid.
= In a trigonal bipyramid, three positions lie along the corners of the planar triangle, whereas, the othe,
two positions lie along an axis perpendicular to the plane,
s This s evident from the geometry of the PCLs molecule given In Figure. The angles within the plane are
120° and that between the axial atom and a planar atom is 90°.
Cl:
:CI |
P—CI:
57 |
Ho H
Figure Lewls structure and shape of PCLs molecule *
Note: Just as in the AB,and AB, types, the presence of lone pairs in ABg system also changes the shape
and the angles, but the change In this case is more dramatic.
Example: Tri-lodide lon [I,]™:
Tri-iodide ion [I,)" is linear, although it is an AB, system. The central atom in this
lon is the iodine atom. There are five electron pairs around the iodine atom
including two bond pairs and three lone pairs. Therefore, it Is an AB; type
molecule with three lone pairs and possesses trigonal bipyramidal geometry. The
lone pairs occupy the corners of the trigonal region and the iodine atoms occur on
the apices, one being above and the second below the plane. However, excluding
the three lone pairs, the actual shape of the tri-lodide ion is linear and the iodine "f‘;::;:sl’s"l‘[f‘”“
() elon
atoms are farthest apart at an angle of 180° as in Figure. -
S ABs Type Molecules (Octahedral Geometry)
»  ABg type with six bond palrs and no lone palr:

ABg type molecules have 6 electron pairs around the central atom. The repulsions between the electron
pairs can be minimized by assuming an octahedral geometry. In this geometry, four electron pairs are at
the corners of a planar square and the other two lie along an axis perpendicular to the square. All the ABA
angles in this type of geometry are of 90°,

Example:

The Lewis structure of SF; is given in Figure, It shows that thisis an AB, type molecule.

| —
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Figure: Lewls structure and octahedral shape of SFs with each angle of 90°
XeF, Is an AB, type molecule with four bond pairs and two lone pairs. The two lone pairs remain at
farthest distance at angle of 180°, Excluding the lone pairs, the actual shape of XeF, is square planar with

all -P-F angles equal to 90°,

lone palr is farthest at 180*

'H {F| Quick cr-uscx 5.8

Draw the Lewls structures for IF; and IFs and predict their geometry with reference to the VSEPR model.
. Number of Valence electrons:

e lodine (l): 7 valence electrons

e Fluorine (F):3x7 =21

e Total=

Bonding:

e 3 bonds between | and F use 6 electrons —» 28 — 6 = 22 electrons left.

e Distribute remaining electrons to satisfy octets on the fluorine atoms — 6 electrons per Fx 3 = 18
electrons = 22 — 18 = 4 electrons left.

e 4 electrons = 2 lone pairs on iodine.

o Electron reglions around lodine: 3 bonding pairs + 2 lone pairs = 5 regions

VSEPR Geometry:

e 5 regions — trigonal bipyramidal electron geometry

e 2 lone pairs go in equatorial positions to minimize repulsion.

* Molecular shape = T-shaped

Structure: IF; Lewlis Structure

7 (1) + 21 (F) = 28 electrons

[0 o e e — e —

F=T—F:
= [ =
. iFs

IFs (lodine Pentafluoride)
Valence electrons:
* lodine (I): 7 valence electrons
e Fluorine (F):5x7 =35
e Total=7(l)+ 35 (F) =42 electrons
Bonding:
e 5|-F bonds use 10 electrons — 42 10 = 32 electrons left
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—————T—=T———= ———r e ——————— ———T—re=c =T
! = G6electrons per Fx 5 = 30 electrons —» 32 — 30 = 2 electrons left |
| ® 2 electrons = 1 lone pair on lodine [}
' Electron reglons around lodine: 5 bonding pairs + 1 lone pair = 6 reglons |
| VSEPR Geometry: i
; = 6regions — octahedral electron geometry '
= * 1lone pair = square pyramidal molecular gecometry |
| Structure: IFs Lewis Structure '
' iF: |
| - :
I' =E“'-.._\ l/E: !
; E |
-______._...___....._.-.._.,______.-_.._..._._s.;__._..,____..._-_..._.-_.._.-__:
2 Applications of VSEPR Model in Drug Designin

Drugs are chemical substances that prevent,
diagnose, or treat a disease. Drugs interact with
human body at specific points, or with specific
processes called targets or substrates, through their
bioactive molecules called ligands. A receptor is
mostly a protein that receives and responds to a
ligand through binding. The examples of targets in
the body are receptors, such as enzymes, proteins,
nucleic acids, and cellular pathways. Each drug
interacts with a specific target in the body to a
different degree, this feature is called specificity of a
drug or a ligand.

+ Molecular shape is an Important feature that

4 determines how a drug interacts with a blological
target. Only the ligands with suitable shape can fit in
the active sites of a blological target as a specific key
fits In a specific lock. VSEPR model is successfully
applied in determining the shapes of various
biological systems, such as substrate recognition,
ligand specificity or selectivity, and antibody
recognition. For example, Aspirin is an analgesic drug

acelyljgl/‘
(painkiller) used for relief from pain as a primary
medicine. It interacts with an enzyme COX

b
(cyclooxygenase) by binding to its active site through

the acetyl group (-OCCH,). m
The shape of COX active site and that of acetyl group 8
on Aspirin are compatible with each other as In fig.
Therefore, the binding is successful to block COX,
which is a cause of the pain in the body. after permission from Tulane Unlversity Press)

MOLECULAR ORBITAL THEORY (MOT) '

= Aclion
Receplor

Drug A binds to receptor Drug B cannot bind to
receptor

irreversible

Platelet

aspirin
sallcylic acld

COX-1 dimer

Flgure: An Interaction of Asplrin with COX (Published

The molecular orbital approach explains the results of quantum

mechanical calculations for covalent bonding. The postulates of this
theory are:
* During the formation of a molecule, the atomic orbitals of the

@ Rack Your Brain!
9. Why Is MOT superlor to VBT?

combining atoms overlap to form new orbitals called 'molecular
orbitals', which are characteristic of the whole molecule,
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The atomic orbitals overlap with the lobe having suitable sign of the wave function of the orbital. For
example, one lobe of a p orbital Is given the ' + ' sign and the other is marked with '-' sign.
Two atomlic orbitals overlap to form two molecular orbitals. When same sign orbitals overlap, the
bonding molecular orbital (o or n) Is formed that has lower energy than the parent atomic orbital,
while with opposite signs, high energy antl-bonding molecular orbital (0" or n”) is formed, that has
higher energy than the parent atomic orbitals.
The number of bonds formed betvieen tv/o atoms after the atomic orbitals overlap, is called the bond
order and Is taken as half of the dilference between the number of bonding electrons (say a) and anti-
bonding electrons (say b).

a-b

Bond order T

» s-sOverlap
In the formation of H; molecule, two s orbitals of H atoms combine to give two molecular orbitals. The
bonding molecular orbital Is symmetrical about the axis joining the nuclei of the bonded atoms (nuclear
axis), while the antl-bonding molecular orbital has the electron density away from the nuclei of the

overlapping atoms as in Fig
H

o*1s
antbonding
molecular
orbital

(o) O1s
bonding
malecular orodal

—E Energy Dlagram —{E Electron Probability distribution
Flgure: Formation of bonding and antl-bonding orbitals for the H:z molecule

The p orbitals of an atom can combine to give:
a) Head on approach

Here, the p-orbitals of the two atoms approach along the same axis (say x-axis) as shown in Figure. This
combination of atomic orbitals gives rise to o(2p, ) bondingand o’ (2p, ) antibonding molecular orbitals.

b) Sldeways Approach

'00—- S¥C

When the axes of two p -orbitals (Le.p, or p, orbitals) are parallel to each other, they interact to form =t
molecular orbitals as shown In the diagram Figure. The bonding molecular orbitals n(2p,) or n(2p,) have

zero electron density on the nuclear axis (called the nodal plane). On the other hand, anti-bonding
molecular orbitals n'(Zp,) and nt*(2p,) have the least electron density in the inter-nuclear region.

2p, — 2p, mbﬂﬂdl"ﬂ , * 2p,

Anlibonding

....—-*@@

- 2p,

/f—'@ ““—» @D =

Bonding
Figure: Formation of § and t MOs from p., pyand p. orbitals

2p,+ 2p, Bonding
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Q. Draw the molecular orbital diagrams of the following molecules. Calculate thelr bond orders? n
(i) Hy (ii) He, (ii)) N, (iv) O,
9 Molecular Orbital Diagrams of some Dlatomic Molecules and their Bond Orda_r;‘“‘
i) Helium
The electron configuration of He is 1s*. For a it
" an er ol Hy:
successful formation of He, molecule, 1s orbitals of The number of bonds formed between H-atoms 1o
two He atoms must combine to form bonding (61s) | Hydrogen molecule may be calculated as follows:
- . Number of electron in bonding molecular orbital =2
and anti-bonding (6 1s) orbitals as shown In r-:gulre. ol stonEn ding molecular orbital = 0
Out of four electrons, two enter the bonding 2-
molecular orbital & (1s) and the remaining two occupy | Bondorder= =1
the antibonding &' (1s) molecular orbital. But on
calculation we discover that the bond order for He, is zero. Hence, He, molecule is not formed.
=" (13)
W
53 He=(1) (L) He @'Rach Your Brain!
c ~ ———
S » g 10. What bond order? Give gy
(D example.
ails)
Flgure: Molecular orbltal diagram of He: molecule
Bond order of He, =2=>=0
ii) Nitrogen (Nz)
Electronic configuration of N is,
,N:1s?, 26,200, 2p %, 2p)!
The molecular orbital diagram of N, based on this I
electron configuration is shown In the figure below
(Figure). The valence shell 2 s on both N atoms give o2 s
and o'2s orbitals; whereas, 2p orbitals give six
molecular orbitals which are arranged in the increasing
order of energy as: =
02s<a’2s<n2p, =n2p, <02p, <M 2p, =1 2p, <0 25P, g X
) r(2p) a(2p
The bond order for N, can be calculated from its orbital
diagram as:
6-0
Bond orderof N, = 2 =3 N= N
Therefore, there are three covalent bonds between the
nitrogen atoms in this molecule. One of these is a o bond af2s)
while the other two are 7t bonds. Nitrogen molecule has a  Fig: Molecular orbital diagram of N2 molecule
triple bond between its atoms.
Ili) Oxygen, 02

The formation of molecular orbitals in oxygen molecule is shown as follows in figure 36.
The bond energy of the MOs can be arranged as
025<0'25<02p, < N2p, =m2p, <N 2p, =N 2p, <0 2P,

SCHOLAR 2 CHEMISTRY {11')
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The bond order of oxygen Is 2(6—;3), which shows the presence of one @ and one x bond between the

oxygen atoms, lLe. they are linked by a double bond (0=0).
Oxygen molecule is paramagnetic in nature, which means it is
attracted by a magnetic field. Paramagnetic substances have one
or more unpaired electrons In them. A substance with large
number of unpaired electrons is strongly paramagnetic. MOT
successfully explains the paramagnetic behavior of oxygen

molecule.

@ Rack Your Brain!
11. Bond order of O; according 1o MOT is
(4)1 (8)2
[(<F} 0)5

The MO diagram of oxygen shows the presence of two unpaired electrons, one in n'{Zp,) and rl'ﬂp,}
each. Due to the presence of these unpaired electrons, oxygen molecule has a net magnetic field, which

interacts with the external magnetic field.

F

Energy

a(2s)

Flgure: Molecular orbital diagram of Oz molecule

o Difference between Bonding Molecular Orbital (BMO) and Anti-Bonding

udhi& oxygen is itﬁadéd_;nd_ggu
suspended between the poles of a
strong magnet _

Molecular Orbital (ABMO)

Bonding Molecular Orbital (BMO)

Anti-Bonding Molecular Orbital (ABMO)

e It is formed by the addition overlapping
(constructive interference of electron waves) of
atomic orbitals

It is formed by the subtraction overlapping
(destructive interference of electron waves) of
atomic orbitals.

» The wave function (y) of a BMO is given by
Wamo = Wa + Wa

The wave function (y) of an ABMO is given by
Wasmo = Wa— s

* Its formation takes place when the lobes of
atomic orbital have same sign.

Its formation takes place when the lobes of
atomic orbital have different sign.

e The energy of BMO is lesser than that of parent
atomic orbitals. Thus stability of the molecule
increases.

The energy in A.B.M.O is higher than that of
parent atomic orbitals. Thus stability of the
molecule decreases.

s The electron density Incregse in the reglon
between the nuclei of the bonded atom.

The electron density decrease in the region
between the nuclei of the bonded atom.

» Every electron in BMO contributes toward the
attractive forces.

Every electron in A.B.M.O. contributes toward
the repulsive forces

e e.g. Sigma (o) and Pi(r) in BMO.

e.g. Sigma (¢”) and Pi(x") in A.B.M.O.
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Solution File @ Rcl.ck Your Brulﬁ_!';_ !

Explanation
Atoms share electrons to form a covalent bond, resulting In a stable molecule.

Covalently bonded atoms have specific orientations in space with respect to each other. The
shared electron pairs are localized between two atoms which are formed by the overlap of
half-filled orbitals which have definite directions. Thus covalent bonds are directional.

PCls has 5+ 5 = 10 electrons (Expansion of octet)

BF is a regular trigonal planar molecule, when dipoles cancel each other.

—
—
—_—

5.Q

Sigma (o) Bond:
Sigma bond Is formed by linear or head to head overlapping of partially filled orbitals.

2 Example: Hydrogen (H;) Molecule
H=1s!
YW o €D
lent bond In H,

Soparaled H-aloms bital C

Overlapping of
s and s orbital overlap in H;
As the two hydrogen atoms approach each other, their 1s orbitals overlap to form H-H bond,
The electron density becomes concentrated between the two nuclei. The bond is called g
bond (sigma bond). A single bond is formed when two partially filled atomic orbital overlap in
such away that the probability of finding the electron is maximum around the line joining the
two nuclei. L

s5.Q

PI (n) Bond: Pi (n) bond is formed by parallel overlap of half-filled atomic orbitals. In n
bond electronic charge density lies above and below the inter-nuclear axis and Is weakly
attracted by nuclei. e.g., H:C = CH; (Ethene) has one Pi (n) bond.

7.

5.Q

MOT superior to VBT:
Valence Bond Theory

Molecular Orbital Theory
According to this theory, all the electrons
of interacting atoms are involved in bond
formation
In MOT, the two atoms
individual identity
It explains the paramagnetic behaviour of
molecules like O3.

* According to this theory only valence | »
electrons are involved in bond
formation

e In VBT the two concerned atoms do | e
not lose their Individual identity

lose their

* |t does not explain the paramagnetic | »
behaviour of molecules like O;.

e It does not give idea about the bond | =
order

It give idea about bond order by which
we can determine that whether the bond
is single, double or triple

= It does not explain the non- existence | ¢
of Hez molecule

It explains the non-existence of He;
molecule

Geometry of SO; is angular because it is an example of AB3 with one lone pair.

—

is

- Mg

10.
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A bonding electron pair is attracted by both nuclei of atoms while non-
bonding by only one nucleus. Because a lone pair experiences less nuclear (Nlcl
attraction, its electronic charge is spread out more in space than that for 120 /__‘/m
bonding pair. As a result, the non-bonding electron pairs exert greater c
repulsive forces on bonding electron pairs and thus tend to compress the bond pairs. That is
why the electron pairs of lone pairs occupy more space than the bond pairs,
Bond Order:
“Half of the difference between the number of bonding electrons and anti-bonding electrons
is called the bond order.”
Number of electrons in B.M.O — Number of electrons in A.B.M.O

2

120

5.Q

Bond Order =

sa Example: Bond Order of N:

Number of electrons in bonding molecular orbital =6
Number of electrons in antibonding molecular orbital =0

6-0
Bond order SETE 3

B Bond order of O; according to MOT is 2.

'« VI

Vil.

C D> Exercise KL

MULTIPLE CHOICE QUESTIONS (MCaQs)

Four cholces are given for each question. Select the correct choice.
Chemical bond formation takes place when:

a) Force of attraction are equal to the force or repulsion

b) Force of repulsion is greater than force of attraction

c) Force of attraction overcomegforce of repulsion

d) None of these l

An lonic compound A*B~ Is most likely to be formed when:

a) lonization energy of A Is high and electron affinity of B is lows.

b) lonization energy of A is low and electron affinity of B is high.

c) Both the ionization energy of A and electron affinity of B are high.

d) Both the ionization energy of A and electron affinity of B are low.

Which of the following molecules has zero dipole moment?

a) NH, b) CHC, c) H,0

The numbers of o and mr bonds in the N2 molecule are:

a) one o and one t bonds b) one o and two & bonds
c) three o bonds only d)two cand one
Which of the following specles has unpaired electrons in antibonding molecular orbitals?
a) o} b) NI~ c)B d) F,

The shape of IC£, according to the VSEPR model is:

a) Tetrahedral b) Trigonal planar c) Trigonal bipyramidal

Which of the following molecules has a net dipole moment?
2) co, b) Cs, ¢) 50,

d) BF,

d) Square pyramidal

d) cce,
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VIl How many electrons are present In the valence shell of P In PO} ?

A8

b) 10

c) 12 d) 14 e) 15

IX.  How many extra electrons than a normal octet are there In the valence shellof Lin IC¢ ?

a)2

b) 3

A4 d)s

X.  Whatis the type and shape of [IC¢, T according to the VSEPR model?

a) Ap,, tetrahedral
XI.  Which of the following molecules has a central atom with sp® hybridization and a tetrahedral "'cttu;,

palr geometry?

(a) BF,

a) CH,

b) SO,

b) NacL

b) AB,, pyramidal

) Abg, trigonal bipyramidal d) AB,, square planar

(¢) cce, d) PCC,

Which of the followling species contalns a dative bond?

¢) NH; d) O,

Auswer Keywitli Explanations

Sr.No, l Option Answer Explanation
force of attraction | e Chemical bonds form when attractive forces {e 8. nur.!eu;.
I c overcomes force of electron) overcome repulsive forces (e.g., electron-electron),
repulsion
the ionization energy | » lonic bonds require:
" b of Ais low and = Low ionization energy (A loses electrons casily).
electron affinity of B = High electron affinity (B gains electrons readily).
is high
« BF, Is trigonal planar with symmetric charge distribution = zerg|

n. d BFs dipole moment.

o NH; (pyramidal), CHCL, (polar), and H,0 (bent) have dipole moments,

» N=Nhas: e
. b L obanztwo N = 10 bond (head-on p-orbital overlap).

AR = 2 n bonds (sideways p-orbital overlaps).
- b N > N:‘ has two electrons in antibonding n*2py and nt*2pz orbitals®
- (1e” in each orbital).
Ct —QIO— Ct
- - Ct has T-shape.

vi. d T-shape % The two lone pairs and three bonded pairs of electrons arrange
themselves in a trigonal bipyramidal electron geometry. However,
the molecular shape is T-shaped due to the lone pairs occupying
equatorial positions.

Vil 5 SO * S0, is bent (V-shaped) = net dipole moment.
> » C0,/CS; (linear) and CCL, (tetrahedral) are nonpolar.
o=
o= P~/—O_
Vil b 10 o=
¢ In the phosphate ion, the phosphorus atom Itself has 10
electrons.
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o), o
X . 4 c”| N
Ct
« lhas5bonds + 1 lone pair = 12 electrons (4 extra beyond octet).
« So, (ABsE type)
Ct_.. /St
A d ABg, square planar N
X 45 P . Ct Ct | has 4 bond palrs + 2 lone pairs = square
planar (AX4E; or ABq) .
Xl c ccl, « CCL has sp” hybridization and tetrahedral geometry (4 bond pairs).
T -
&
Xil. c NH.* H/ | \H
. H has a dative bond (N — H) where N donates

both electrons.

SHORT ANSWER QUESTIONS

Q.2 Attempt the following short-answer questions:

2. Define the followlng:
() Dipole
(i) Permanent dipole- permanent dipole force
Ans. (I) Dipole:
A dipole Is a palr of equal and opposite electric charges separated by a small distance, creating a
partial positive and partial negative region in a molecule.
() Bond Order:
Bond order is the number of chemical bonds between a pair of atoms; It indicates bond strength and stability.
(1li) Permanent dipole-permanent dipole force:
Permanent dipole—permanent dipole force Is an intermolecular force that occurs between molecules
that have permanent dipoles, These forces arise from the electrostatic attraction between the positive
end of one polar molecule and the negalive end of another.
(iv) London dispersion force:
London dispersion forces are weak intermolecular forces caused by temporary fluctuations in the
electron distribution of atoms or molecules, which create temporary dipoles that induce dipoles in
neighboring particles.

(il) Bond order
(iv) London disperslon force

b. Draw the Lewls (electron dot) structures for the following specles:

(1) HCN () NCL, (i) co (iv) Os (v) NO;
Ans. ()HCN (i1) NCLy
S s e, :CeN:CL
H--C::N: H—C=N :'g.‘,t:
(i) co (iv) O3
tﬁu
C:20: :CEO} i o3/
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(v)NO:
.l ﬁ *
in Ay e epyet N 2T
10:N:0 ‘0 .0
€. Xenonls a noble gas (group 18); xenon trioxide has the following structure: e

Xo
o? g\\“o
l. By counting electron palrs around the central atom, explain why xenon trioxide has this shape. 1
Il.  Draw a structure of xenon trioxlde showing partlal charges on the atoms and the direction of the dipol

In the molecule.
Ans. (i) Xenon trioxide (XeO,) has a trigonal pyramidal shape because the central xenon atom U
has 3 bonding palrs and 1 lone pair of electrons (total of 4 electron pairs), which adopt TQh \
a tetrahedral arrangement. The lone pair repulsion distorts the structure into a pyramid  , .~A®,
with Xe at the apex. O/EQG

(ii) XeO, has a trigonal pyramidal geometry with polar bonds. The dipole arises from the
electronegativity difference (O > Xe), creating a net dipole toward the O atoms.

d. Explain the difference between the formation of o and = bonds in terms of VBT. -
Ans. Feature Sigma (o) Bond Pi(n) Bond °
Formation Sigma (o) bond is Formed by end-to-end (axial) | Pi (n) bond is Formed by side-to-|.

side (lateral) overlap of orbitals,
Only p-p orbitals (unhybridized)]|
overlapping sideways.

Forms after a sigma bond in

overlap of orbitals,
5-s, 5-p, or p-p orbitals along the axis.

Orbital Overlap

*5

Firstor Always the first bond between two atoms.
Additional double or triple bonds.
Bond Strength Generally stronger due to greater overlap. Weaker than sigma due to less

effective overlap.

Concentrated above and below
the bond axis. B
Restricts rotation due to the
fixed overlap c:r_teﬂntatlon.

Electron Density | Concentrated along the bond axis.

Allows free rotation around the bond.

QO = &

H, molecuis

Free Rotation

Symmeincal Ebcion
Dty

Hydrogen Hydrogen

e. The structure of propanone (acetone) Is:

o
H,c/lL CH,

i. Show how the central carbon atom forms o and = bonds through hybridization.
ll. Canpropanone make a hydrogen bond with water when both are intermixed?

Ans. (i)

foxd
' sp’ sp’
=C Cs*H
HH"" qHQH

(li) Acetone can form hydrogen’bonds with water due to its polar carbonyl (C=0) group.

By
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1. Structure of Acetone: The oxygen (0) In the C=0 group is highly electronegative, creating a partial
negative charge (6°), while the carbon carries a partial positive charge (6°).

2. Hydrogen Bonding: Water (H,0) acts as ahydrogen bond donor (H*), and acetone’s 0% acts as
an acceptor, forming:

scH

H=-0-H-~0=C
3. No H-Bond Donatlon from Acetone: Acetone lacks H bonded directly to O/N/F (unlike alcohols), so
it cannot donate H-bonds, only accept them.,
T predict the shapes of sulfate ([SOu]™), borate ([BHa]") and tri-iodide lons ({1;]-) according to the VSEPR model.
-:"‘:"'G;g_pn (Valence Shell Electron Palr Repulsion) model:
1, Sulphate lon [SO4)* 2. Borohydride lon [BH.]"
= Central atom: Sulphur (S) = Central atom: Boron (B)
= Valence electrons: 6 (from S) + 4 x 6 = Valence electrons: 3 (from B) + 4 = 1 (from
(from O) + 2 (charge) = 32 electrons H) + 1 (charge) = & electrons
= Electron palrs around 5: 4 bonding pairs = Electron palrs around B: 4 bonding pairs
(no lone pairs on 5) (no lone pairs)
# Electron geometry: Tetrahedral = Electron geometry: Tetrahedral
= Molecular shape: Tetrahedral = Molecular shape: Tetrahedral
= Bond angles: 109.5° Bond angles: 109.5°
3, Trilodide lon [13]°
= Central atom: lodine (I)
= Valence electrons: 3 x 7 = 21 + 1 (charge) = 22 electrons
= Electron pairs on central I: 2 bonding pairs (with outer | atoms), 2 lone pairs
= Electron geometry: Trigonal bipyramidal (based on 5 regions of electron density)
= Molecular shape: Linear (3 lone pairs occupy equatorial positions)
= Bond angle: 180

lon Electron Geometry | Molecular Shape | Bond Angle

[SOs)*" | Tetrahedral Tetrahedral 109.5°
[BH4]™ | Tetrahedral Tetrahedral 109.5*
[1:)- Trigonal bipyramidal | Linear 180°

g Sketch the molecular orbital pictures of n(2p) and n*(2p).

Ans.

. :
h. Sketch the hybrid orbitals and bond formation in PCL;, SICL; and NH¢".
Ans, PCls SicLy
Formula: PCL, . CL

Hybridization: sp’

Bond angle: 109.5"
Geometry: Tetrahedral
Shape: Trigonal pyramidal

Si
7 i
CL 6'_ CtL
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NH;

Formula: NH, ()
Hybridization: sp’
Bond angle: 109 5° ()
Geometry: Tetrahedral (H] &

Shape: Tetrahedral D —
Il The structures of PF, and SIF, are given below. Redraw these with partial charges and state Which |

polar and which Is non-polar.

[

Ans.

= Nelu=0
g
J
Ans. "
k.  Draw the Lewis structures and tell whether these ions involve expanded octets?
i) Cto; ) 1ce; 1ll) NH; W)
—_— — =
Ans. ci{o; Ice, NH; N
203 Cl H * 4
-~ w Lo L e e s
10 ++Cles 02 :Cl—T—(l: H:;N:H el
203 | "
.e :gl: H

. The bond between K and CLis ionic but that between Si and CLis polar covalent. Explaln why?

Ans. The difference in bonding between K-CL (ionic bond) and Si-CL (polar covalent bond) can be explained based
on the electronegativity difference between the atoms involved and their positions in the periodic table.
1. K-CL(lonic Bond):
= Potassium (K) is a metal in Group 1 of the periodic table, and it has a low electronegativity (0.82),
= Chlorine (Cl) is a non-metal in Group 17 and has a high electronegativity (3.16).
= Electronegativity difference: 3.16 -0.82=2.34
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= When the electronegativity difference is large (usually greater than 1.7), one atom (in this case, K)
will lose an electron to become a positively charged fon (K*), while the other atom (CL) will gain the
electron to become a negatively charged lon (CL). This creates an lonic bond where the
electrostatic attraction between the oppositely charged lons holds them together.

= K-CL: Large electronegalivity difference —» lonic bond (electron transfer),

2. Si-CL(Polar Covalent Bond):

= Silicon (SI) Is a metalloid with an electronegativity of 1.90.

= Chlorine (CL), has an electronegativity of 3.16.

= Electronegativity difference: 3.16-1.90= 1.26

= When the electronegativity difference is moderate (between 0.4 and 1.7), the electrons are
not completely transferred as in onic bonds, but instead, they are shared unequally between
the two atoms.

= In this case, chlorine attracts the shared electron pair more strongly than silicon, creating a polar
covalent bond. The CL atom becomes partially negative (67), and the Si atom becomes partially
positive (6°). The bond is polar because of the unequal sharing of electrons.

= Si-Cl: Moderate electronegativity difference — Polar covalent bond (unequal electron sharing).

m. SO:ls a polar molecule but SO, not. Justify.
Ans. The difference in polarity between SO; (Sulphur dioxide) and SO, (Sulphur trioxide) can be explained by the
molecular geometry and symmetry of the molecules.
1. SO (Sulphur Dioxide)—- Polar:
S0, is Bent or V-shaped (due to sp® hybridization of the central Sulphur atom). The bond angle
between the oxygen atoms is approximately 119, The Sulphur atom has one lone pair in 50;, which
influences the shape and causes a bent molecular geometry. Oxygen Is more electronegative than
Sulphur, creating a dipole moment pointing towards the oxygen atoms. Due to the bent shape, the
individual bond dipoles do not cancel each other out, resulting in a net dipole moment, making SO; a

polar molecule.

2. S0, (Sulphur Trioxide) — Nonpolar:
/ S\ %7’\5\
o (o o) 0

oxygen atoms are exactly 120°, forming a flat, 120°

symmetric structure. The Sulphur atom in SO, has no
lone pairs. The molecule is highly symmetric, with the
three oxygen atoms arranged symmetrically around the
central Sulphur atom, and the bond dipoles in each C=0
bond cancel each other out. This results in no net dipole
moment, making SO, a nonpolar molecule.

S0y is Trigonal planar (due to sp? hybridization of the
central Sulphur atom). The bond angles between the {lj

Lass thanllor
Shapes of multiply bonded

n.  Whichof 0}, and D:' would be paramagnetic? Give reason In the light of MOT.

Ans. ) o‘:

0's=1s%, 25, 2p,, 2p), 2p;

There are three bonds between to 0** ions in 0"}

It s dlamagnetic because there are no unpaired electrons
In antibonding molecular orbitals

(CRITE
el

Molegulst ortial pcturs of D, moacui
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i) 03
07 = 1%, 2¢%, 2p}, 2p}, 2p}
Bond order=§;6'=3= 1
2 2
Only one bond between two 0 ions in 0.
When O7 Is formed, then two more electrons are added in
n*2p, and *2p;. These orbitals are filled and have paired
electrons now. Thus the specie Is diamagnetic.

Cosrpy

sy MMO
i
0.  Which of the following bonds would be most polar? S
jc-cL 1) Si-F INl) Se-F
Ans, N
(i) c-cL

* The C-CLbond:
® Carbon (C) has an electronegativity of 2.55.
= Chlorine (CL) has an electronegativity of 3.16.
* The electronegativity difference Is: 3.16 - 2.55 = 0.61 .
* A polar covalent bond is formed when the electronegativity difference is between 0.4 and 1,7, Si
the difference between C and CLis 0.61, the bond is polar covalent.
(i) Ssi-F
*  The Si~F (silicon-flucrine) bond is highly polar due to the large difference in electronegativity betue
the two atoms:
= Electronegativity of Si (Silicon) =1.90
= Electronegativity of F (Fluorine) = 3.98
* Difference=3.98-1.90=2.08
* Reason: A greater electronegativity difference between two bonded atoms means that the bondy
electrons are more strongly attracted to the more electronegative atom (in this case, fluori
resulting in a highly polarized bond.
*  This large difference gives the Si-F bond a significant dipole moment, with fluorine becoming partia)
negative (67) and silicon partially positive (5°). J
® Conclusion: Si-F is a highly polar bond, and if compared with most common bonds, it would indeed
one of the most polar due to the extreme electronegativity of fluorine.
(iil) Se—=F
» To determine whether the Se~F bond is polar, and how polar it is, we look at the electronegatit|
difference between the two atoms:
e Electronegativity values:
= Se (Selenium)=2.55
®*  F(Fluorine)=3.98
e Electronegativity difference: AEN =3.98 - 2.55=1.43
Conclusion: Since the electronegativity difference is significant (1.43), the Se~F bond is polar covaler
= Inshort: Among all these bonds Si—F bond is most polar covalent.

P. Compare the bond energies of single, double, and triple bonds between the same two atoms.
(e.g., H-H, 0 = 0, N = N). Explain the trend In terms of the number of shared electrons.

Ans. Bond energy of H—H =432 kJ)/mol (No. of shared electron: 1 each)
Bond energy of O = 0 = 459 kJ/mol (No. of shared electron: 2 each)
There is no stable triple bond between two oxygen atoms (0=0) under normal conditions.
However, (Bond energy of C = C = 839 ki/mol
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DESCRIPTIVE QUESTIONS

Q.3 How the bonding in the following molecules can be explained with respect to valence bond theory?
(mee, . (i) o, (i) N, (Iv) HF (v) H,S

Ans. See Page No. (73)

Q.4 What are the postulates of VSEPR model? Discuss the structures of the following species with reference
to this theofy.
(i) CH,

Ans. See Page No. (78)

(Il) NH, (ili) H,0° (iv) PCe, (v) SO, (vi) SF,

Q.5 Explaln the orbital hybridization for CH,,NH,,BF,, and BeC¢,.

Ans. See Page No. (76)

Q.6 Draw the molecular orbital diagrams of the following molecules. Calculate their bond orders?’
(i) H, (i) He, (li)) N, (iv) O,

Ans. See Page No. (88)

Q.7 Discuss the formation of F2 molecule in the light of Lewis concept, VBT, and MOT.

(No. of shared electron: 3 each)) —

Ans. F2in the light of Lewlis concept:

ettt B
'-F- * xe‘

Fluerine molecule (Fz) according to VBT:
The bond in the fluorine molecule (F) is formed by the overlap of half-filled 2p, orbital on each fluorine atom.

=1s? ’2"' 2 21-
9F—15,2$, Px s £Py s £P:

FFOWHZID reqion. p-p

or
CA + & — C&:ammo
F F F=—F
2p orbilal 2p orbital Overlap creales
of flucrine of fluorine F—F o bond

Figure: The formation of the fluorine molecule
Fluorine molecule (Fz) w.r.t MOT:
. Electronic configuration of Fluorine = 1s?, 25, 2px?, 2py?, 2p2*
. The following diagram represents the molecular orbitals of fluorine molecule.
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ADDITIONAL SLOs BASED MCQs

Which atom donates a lone pair in the formation of a dative bond In H,0°?

A) One of the hydrogen atoms B) The oxygen atom

C) A proton D) Water molecule

Which ion has an expanded octet around the central atom?

A) NH,* B) NOy™ C) S0 D) OH"
Which of the following pairs will form a covalent bond?

A) Naand CL B)Kand F C)HandCL D)Mgand O
Which statement about dipole moments Is true?

A) They depend only on bond length

B) They depend only on molecular mass

C) They result from equal sharing of electrons

D) They.arise from bond polarity and molecular shape

The bond angle in a trigonal planar molecule is:

A) 90" B) 104.5" C) 109.5° D) 120°
Valence bond theory explains:

A) lonic bond formation B) Molecular shapes

C) Bond formation through orbital overlap D) Electron transfer

What is the shape of the ammonium lon (NH*)?

A) Linear B) Trigonal pyramidal  C) Tetrahedral D) Bent

Which hybridization is present in methane (CH)?

A) sp B) sp? C) sp? D) sp’d
In ethene (C;H4), the carbon atoms are:

A) sp hybridized B) sp? hybridized C) sp? hybridized
What is the bond angle in a molecule with sp%hybridization?

A) 120 B) 109.5° - C) 180° D) 90°
Which of the following supports paramagnetism in oxygen (0,)?

D) Unhybridized

A) Bond length B) Lone pairs

C) Unpaired electrons in antibonding orbitals D) Resonance

Which orbital in O; contains unpaired electrons?

A) 0{2s) B) o(2p2) C)n*(2px)andn*(2py) D) m(2py)

%
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13. Electronegativity values are useful to predict:
A) Number of protons  B) Bond lengths C) Bond polarity

14. Which factor Increases the electronegativity of an element?
A) Increased atomic size B) Greater shielding effect
C) Higher nuclear charge D) More electron shells

15. Which element has lower electronegativity due to shielding?

A)F B)O QL D) Cs

Answer Keyith Explanations

Explanations

D) Boiling point

Sr.No. | Option

1. B Oxygen donates a lone pair to a proton (H*) in H,0".

2. C Sulphur in S04~ exceeds the octet due to available d orbitals.

3. o H and CL have a small electronegativity difference — covalent bond.

4, D Both electronegativity difference and molecular geometry affect dipole moments.
5. D Trigonal planar molecules have bond angles of 120°,

6. C Valence bond theory describes covalent bonding as orbital overlap.

7. c NH,4* has 4 bonding pairs — tetrahedral shape.

8 Cc CH, has four sigma bonds — sp? hyBridization.

9. B Each carbon in ethene forms 3 sigma bonds —» sp? hybridization.

10. B sp? hybridization leads to a tetrahedral geometry with 109.5° angles.

11. c MOT explains 0;’s Paramagnetism due to unpaired electrons in * orbitals.

12. C n*(2px) and n*(2py) each have one unpaired electron in O;.

13. c .| The difference in electronegativity between atoms determines bond polarity.
14. c Higher nuclear charge attracts bonding electrons more strongly.

15. D Cesium has many inner shells, causing high shielding and low electronegativity.

@ (AooiTionaL sHoRT ANswER auesTions | [l

Q.1 Define ionic bond with example.
Ans. lonic Bond or Electrovalent Bond:

“The electrostatic force of attraction between oppositely charged ions i.e. cation and anion is called ionic
bond or electrovalent bond.” .

1A group form lonic bond with VIIA

1A VIIA 3
Li* Ft

Na* cr?
K* Br—l

Rb* ~ |-l

Q.2 Define bond energy. What are factors Influencing bond energy?
Ans. Bond Energy:
“The average amount of energy required to break all bonds of a particular type in one mole of the
substance Is called the bond energy.”
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Factors Affecting Bond Energy: the followi T
Bond energy is 3 measure of the strength of a bond. The strengthof a bond depends upon the following [aqm‘ Q6 Why are the bond angles of H,0 and NH, not equal to 109.5° like that of CH4 although oxygen and

l. Electronegativity Difference of Bonded Atoms: Greater the electronegativity difference of l.'mnqeﬂ nitrogen atoms are Sp” hybridized?

atom, more will be the polarity of bond and higher will be its bond enlersY- _ mcordmg to VSEPR theory, the shape of a molecule is decided on the basis of repulsions between of lone
il Sizes of the Atoms: Bond energy decreases with increase in the atomic radil pairs and bond pairs around the central atom. Although N and O are sp’ hybridized yet they differ in
Bond Bond Energy (kimol’) bonding from C compounds with sp” hybridization according to VSEPR theory.
H-F 567 The description of these molecules is as follows:
H-Cl 431 Properties CHa NH; H.0
s 366 Type of molecule AB, AB4 ABa
H=I 299 p—
lil. Bond Length: The bonds with higher bond energy values have shorter bond lengths. The bond energie, o of bond pairs 3 3 i
of C to C bonds being in the order C= C>C=C>C-C Their bond lengths are in the reverse orde, le. No. of lone pairs 0 1 2
C-C>C=C>C=C . Shape of molecule Tetrahedral Pyramidal Angular
iv._Bond Polarity: Generally, a polar covalent bond is stronger than a non-polar covalent bond. LK Bond angle 109.5° 107.5° 104
. les?
Q.3 How do you compare the bond strengths of polar and non-polar molecu —_— Reason of difference | Structure is regular | Structure is distorted due to | Here due to two lone
Ans. Polar and Non-Polar Molecules and Thelr Strength: ) due to only bond lone pair as Llone pair-Bond | pairs, Lone pair-Lone
In polarity bonded atoms in molecules have partial positive and partial negative centres becayse of pair-bond pair pair repulsion effects more | pair has a greater effect
difference of electronegativity. Additional attractive force is created between bonded atoms due to dipole repulsions than Bond pair-Bond pair [ so angle s further
formation. As a result bond is stronger than it is expected. repulsions so bond angle is | reduced to 104°,
Example: Bond energy (Calculated) for H-CL = 336 kJ/mol™ reduced.

Bond energy (observed) for H=CL= 432 kJ/mol™

Difference in Bond energy = Bond energy (observed) - Bond energy (calculated) Q.7 Predict the shapes of following molecules according to VSEPR theory

Difference in Bond energy = 432 — 336 = 96 k) mol™ e () HsS () H:.0 1) BeCle
Difference in Bond energy is created due to extra strength of polar bond/ionic character of molecule. Ans.
On the other hand, no dipole formation occurs in non-polar molecule, so bond is comparatively weaj Electron Palrs
g & ’ * Molecule Type Arcangement of Geometry Shape
e.g., bond energy of CL-CL = 242 k) mol™, T B L Palrs
Hence, we conclude that a polar bond Is stronger than non-polar bond due to fonlc character present In i, ==3m S
— HiS all 2T 2 AB. Tetrahedral Bentior
Q.4 Differentiate between co-ordinate covalent bond and covalent bond. 1 ] angular HA>\H
Ans. Differences between Co-ordinate Covalent Bond and Covalent Bond: 3 o
Covalent Bond Coordinate Covalent Bond H,0 4 2 2 AB; Tetrahedral e:;o:llar /:—'\

(i) The bond which is formed by the mutual | (I) A coordinate covalent bond is formed between 8 H H
sharing of electrons between two atoms is two atoms when the shared pair of electrons is 3 1 180
called as covalent bond. donated by one of the bonded atoms. BeCla 2 2 0 AB; Linear Mnear cilaeci

: = . s

(i) Single ;ovalent bond is represented by a (i) Coordinate covalent Pand s represented by an Q.8 Why does lone pair of electrons occupy more space as compared to bond pair?
single line, double covalent bond by two arrow pointing from ‘the donor atom to the - . .
lines and triple covalent bond by tree lines. acceptor atom. Ans. A bonding electron pair is attracted by both nuclei of atoms while non-bonding by only one cu\ (8

Example: Example: nucleus. Because a lone pair experiences less nuclear attraction, its electronic charge is ( ;\_ a

H®xH—> H—H H F H F spread out more in space than that for bonding pair. As a result, the non-bonding electron '”;:I/..{:’q

. i L 1!1’:"1[3 . 'LS_*_, II!E- - pairs exert greater repulsive forces on bonding electron pairs and thus tend to compress

:.C.L. x 36 S cL-cL |' | | | the bond pairs. That is why the electron pairs of lone pairs occupy more space than the bond pairs.

H F
B8 Q.9 Write two points of Valence Bond theory.
Q.5 Whatis basic assumptlon of VSEPR theory? . Ans. Points of Valence Bond Theory
Ans. The Basic Assumption of VSEPR Theory: (1) A bond between two atoms is formed by the overlap of half-filled orbitals of two \C C/
The valence electron pairs (lone pairs and the bond pairs) are arranged around the central atom to remain 1 atoms. The two overlapping atomic orbitals retain their identities. / N

at a maximum distance apart to keep repulsions at a minimum. 3
(Note: This way of arrangement of electron pairs gives minimum energy and maximum stability to the
molecules).

(ii) The two overlapping orbitals must have electrons of opposite spin.




104

~

Chapter 3 » Chemical Bﬁndin‘

Q.10 Explaln the structure of CH, on the basls of sp? hybridization.

Ans. Hybridization:

“The process of mixing of atomic orbitals having different shapes and
energies to form hybrid orbitals with same shape and almost same energy is

called Hybridization”.

Types:  1.sp’=hybridization
2. sp? = hybridization
3. sp = hybridization

Structure of CHa: Methane molecule Is formed by the overlap of sp® hybrid
orbitals of carbon with 1s orbitals of four hydrogen atoms separately to form
four sigma bonds. The molecule thus formed, possesses a tetrahedral ()
geometry. The four C-H bonds which result from sp’-s overlaps are directed
towards the corners of a regular tetrahedron, The tetrahedral structure of

Four sp'-s overlaps in lolnhm

struclure of CH, molecyly

CH, has four faces, four corners, six edges and six bond angles of 109.5°.

Q.11 Draw molecular orbital picture of N; molecule and also calculate Its bond order.

—

Ans. Molecular Orbital Picture of Ny Molecule:

The molecular orbital structure of Ny molecules is shown
7

" (2
/—O—\ ABMO
/'O"O'\

f2p) aN2p)

Energy

oflp)

\®—@/ w0

2(2p) #(2p)

—

Molecular orbitals energy level
diagram ol N,

Since no unpaired electron is present in MOs so N, molecule shows diamagnetic behaviour.

. Bond Order:
No. of electrons in BMO = No. of electrons in ABMO

6-0

Bond order = 2
So, the bond order of nitrogen is 3.

z=——z=3

Q.12 Differentiate between Bonding and Antibonding Molecular Orbitals.

Ans. Differences between Bonding and Antibonding Molecular Orbitals:

Bonding Molecular Orbital (BMO)

Anti-Bonding Molecular Orbital (ABMO)

It is formed by the additlon overlapping
(constructive interference) of atomic orbitals.

It Is formed by the subtraction overlapping
(destructive interference) of atomic orbitals.

The wave function (y) of a BMO s given by
Wemo = Wa + Yo

The wave function () of an ABMO is given by
Wasro = Ya— e

lts formation takes place when the lobes of
a2tomic orbital have same sign.

Its formation takes place when the lobes of atomic
orbital have different sign.

The energy of BMO s lesser than that of parent
atomic orbitals.

The energy In A.B.M.O is higher than that of parent
atomlc orbitals,

The electron density is high In the region
between the nuclei of the bonded atom.

The electron density Is lower In the region between
the nuclel of the bonded atom.

Every electron in BMO contributes toward the
attractive forces.

Every electron In A.B.M.O. contributes toward the

e.g., Sigma (o) and Pi (x) in BMO.

repulsive forces

e.g,, Sigma (0”) and Pi (n') In A.B.M.O.
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Q.13 Differentlate between a Sigma and Pl bond.

Ans. Differences between a Sigma and Pl Bond:

Sr.

Slgma bond (o) Pi bond (n)

Pi bond is formed by parallel or side to side
overlap of atomic orbitals.

(1) | Sigma bond Is formed by linear or head to
head overlapping of partially filled orbitals.

(i) | Representation of sigma bond Is ‘c’. Representation of Pi bonds is 7.

Electronic charge density is present above and
below bond axis of two nuclei.

Electronic charge density is present on bond
axis between the two nuclei.

(iil)

(iv) | Charge density of o-bond is comparatively less | Charge density of n bond is more diffused due
diffused than n and due to stronger nuclear | to lesser nuclear attraction.
attraction.

(v) | Sigma bond is stronger. n bond is weaker.

{vi) | o-bond is comparatively inert. 7 bond is comparatively reactive.

(vii) | Bonded atoms always form o-bond firstly and | n-bond formation is preceded by o-bond
then n-bond if necessary. formation.

ili :H-
(vili) | Examples: H-H oo
g-bond n

Q.14 Define dipole moment and write the units of dipole moment.

Ans. The product of electric charge (q) and the distance between the positive and negative centers (r) is called
dipole moment. .

-2 =
p=gqxr

Units:

(I)The common unit of dipole moment is Debye (D).

(ii) InS.l. the units of dipole moment are mC.

Relationship between Debye (D) and mC: 1D = 3.336 x 10 mC

Q.15 Define bond length. Give two factors affecting bond length.

Ans, Bond Length: “The distance between the nuclei of two atoms forming a covalent bond is called the bond length.”
Factors Affecting Bond Length

Electronegatiyity Difference: With an increase’in electronegativity difference between the borz..
atoms, the bond becomes shortened.

Case — ll: e.g. SI-F bond length in SiFs Is found to be 154-159 pm, whereas the addition of their
covalent radil (Si = 117pm and F = 64 pm) give SI-F bond length to be equal to 181 pm. The calculated
values are almost always higher due to electronegativity differences. The ionic character results in
shortening of the bond length due to force of attraction between the polar ends.

Il. Hybridizatlon: Hybridization scheme involved, also explains the shortening of bonds due to the

predominant participation of s-orbitals. Since the 2s-orbital of carbon has smaller mean radlus than
the 2p-orbitals, it would be expected that greater the s character in the hybrid orbitals used, the
shorter will be the bond distance.

Example: C-C bond lengths are 154,133 and 120 pm for ethane, ethene and ethyne, respectively
where s-orbital contrlbution increases from sp® to sp.

QOO0



