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Examples:
s« Phosphorus pentachloride (PCL): P has 10 electrons in its valence shell,
= Sulfur hexalluoride [5Fe): § has 12 electrons in its valence shell

—

Summary;
Featuro Perlod 2 Elements
Valence shell n=2
Available arbitals 23, 2p (no d orbitals)
Maximum valence electrons 2
Espanded oclel possible? No
Conelusion:

flements of Perlod 2 {like €, N, O, and F) cannot have expanded octets because:
« They lack low-energy d orbitals in their valence shell,
r = They are hmited to the s and p orbitals only, which hold a maximum of B efectrons,
I »  Therefore, they follow the octet rule stricily, unlike elements in Period 3 and beyond,
i' ] Predict and explain the expanded octets In the following lons: C2O;, FD:' *
; Ang. Greatl Let's analyze the possibility of expanded octets in the following polyatomic lons:
. i lehlerate lon
CLOy" fehl )

! «  POL" [phosphate lon)
! wie'll determine whether the central atom uses an expanded octet and why.,
I 1. Cloy (Chlorate lon)
N Step 1: Total Valence Electrons
| = CL 7valence electrons
; * 0:3s6=18
X » Charge: -1 ~» add 1 electron
I Total =7 + 18 + 1 =25 electrons
' Step 2: Skeleton Structure
| # Central atom: CL
i = 3 peygens around CL
I » Single bonds to each D [Initlally)
| Explanation of Expanded Octet: |
! I CL only used B electrons (octet), it couldn't form stable structures with enough resonance but 1
! atcount for resonance and formal charges, It Is often shown with one double bond Lo one O ang
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two single bonds to the other 0. It means chlorine has 10 electrons around It Is (2 double-bord
electrons + 2 # 2 single-bond electrons = 6 bonding pairs = 12 e7).
5o, chlorine can have an expanded oclet.
Explanation of Expanded Octot:
= Chlerine Iz In Perlod 3 which has access to 3d orbitals
# Canaccommodate more than 8 electrons in valence shell
Cancluslan:
€l In CLOy exhiblts an expanded octet to minimize formal charges and lorm resonance-stabilie
structures.
Z.  PO.* [Phosphate lon)
Step 1: Total Valence Electrons
o P:5valence electrons
s Didxb=14

Total =5+ 24+ 3 = 32 electrons

- — — —— i — i — — — i —— 1 — i — i — " — i — o —

|
& Charge: =3 —» add 3 electrons 5
I
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|~ “Step 2: Skeleton Structure I
| « Central atom P I
| « 4 gingle bands to O atloms !
; «  Memaining electrons go on the oxygens as lone pars |
i Explanalion of Expanded Octet: '
| s In basic Lewis structures, phospharus forms 4 single bonds 1o azygen (B bonding electron) |
[ s However, more resonance-stabilized forms can be drawn where one P=0 double bond =ants, !
| leading to 10 electrans around phosphorus !
; ¥es, phosphorus can alio expand (13 octel. I
' Explanation of Expanded Octet: ]
| » Phosphorusis in Period 3 |
| s Canutilize 3d orbitals to accommeadate more than & electrons A
| Concluslon: !
! Phospharus in PO,'" can have an expanded oclel, especially in resonance forms with one or mare PO |
! double bands. A
| Summany: |
i len | Central Atom | Perlod | Expanded Octet? Why '
| cloy” ci 3 Yes Access to 3d orbitals !
i PO P E . Accesstoddorbitals)| = =

ELECTRONEGATIVITY AND THE TYPE OF EOND

'

The effect of electranegativity an the type of bonding:

The difference In electronegativity of twe bonded otoms provides an opproximote measure of the bond

pofarity and an Indlcation of the type of bond.

= When this difference is very small ar zero, the bond is covalent and nonpalar

s \When itis large, the bond is polar covalent or ionic.

Change In the nature of bond with electronegativity difference:

+  The following figure graphically depicts the change in the nature of bond with electronegatrty
differance. )

*  Two atoms having electronegativily difference less than 0.4 are said to make a pure covalsnt band (or
non-polar covalent bond).

* An clectronegativity difference between 0.4 and 1.8 corresponds to a polar covalent bond, whareas,
above this value the bond between two atoms will be ionic in nature,

*  The electronegativity differences between the atoms in the bonds such as H=H, H=C/, and HaCl are
0 (non-polar), 0.9 (polar covalent), and 2.1 {ionic), respectively, This Is why H=H bond 5 pursly non-
polar, H-CF a polar covalent bond, whereas NaCL is an ionic compound

Difference of electronegalivity

between bonded atoms Bond type
(___2ero ) (_Pure Covalent ) 4 Covalent character
C <18 b (_ Polar Covalent )

Covalent character
} decreases

- ¢
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! QUICK CHECK 3.3 !
la) Predict with the help of electrancgativity values whether the bonds In these compounds woylg be|
! non-polar covalent, polar eovalent, or lonle. |
! i} HF K MjCaFs W)l v)Brs |
| Ans. Compounds Type of Bond i
' I} HF polar covalent '
| i) KI lonic bond I
; ili) CaFy lonic bond |
' iv) ICL Polar covalent |
[ TEr— ey L. Non-polar covalent TSR i
S Dipole Moment and Polarity of Molecules i
Definition:

(a)

"The product of electric charge (q) and the distance between the pesitive ond negotive center (1
called dipole moment”.

= Gx7
Units:
The dipole moment Is measured in:
(i} Debye (D) unit

[il) Coulomb meter (Cm) =51 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 pagg,
and the other negative charge. A molecule with &' charge on one part and &” charge on the otherpy,
is called a dinale and such a molecule is said to have a dipole moment.

= It is a quantitative measurement of the polarity of a bond or @ molecule. The dipole moments o
diatomic molecules like HF, HCE, HBr, HI, NO, etc. are directed fram the positive ends (5°) to negath
ends (67) as in Fig. Higher dipole moment indicates high polarity In a molecule. Dipole momen
measured in Debye unit (D).

F nucleus

H nuclous
Figure: Electron density In HF Is higher near the Fatom and the dipole moment Is directed fromHlo F

Dipole Moment and Molecular Structure
For compounds having more than two atoms, the dipole moment depends on the structure of the
mialecule.
(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 @ Rack Your Brain!
oxygen atom as in the structure shown In Fig. A linear H,0 T i e —
molecule (H-0-H) would have zero dipole moment. 4 Which of the Tollowing molecds
=  The non-zero dipole moment value shows that water Is a ;I;;;:nﬂpoh m::;"';?m
non-linear molecule. {C} H:O (D) BF; J

= Experiments reveal that the water molecule has a v-shaped
structure,
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{11} SOz
» 50, hasa dipole moment af 1.51 D and in opposite direction to that in water,

{111 HaS
*  H;S Is also a non-linear molecule as the Individual bonds are polar, bul they don't cancel sach

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

&- &+
TONN h/;' s‘b\
lﬂ/ﬁ"I\HE* F‘u/l\nﬁ" Lispirnn densdmy mag of Ut wilef malecule, Red
P=185D P=161D LG el ARl 8 o s
Erorry bhom 1o ned

Flgure: Vector additlon of Indlvidual bond moments In angular HiO and S0; molecules

(b} Zero HNet Dipole Moment
Some molecules have zero dipole moments os the symmetry In thelr structures couses the cancelfation of

the Individua! bond moments.

(I} BeCls
= BeCt, Isa linear molecule having two similar CL atoms on both sides of the central atom at 180",

The Individual Be—Cf bond moments are cancelled out as they are opposite In direction and egual
in amount.

(i) €cle
= 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 associated 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 CCLy molecule is perfectly tetrahedral.

i) BFy
= 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 sald to be non-polar,
>
" i
ciLBe-ci BN

F Fé

cl

fls |
gf\x;:u
p=0D p=0D p=0D

Flgure: The Individual bond moments In symmetrical molecules; i
BeC!,,BF,_ and CCf, are cancelled out to glve zero net dipale moment.

! QUICK CHECK 3.4 !
| a)  Canyou explain why CO has a dipole moment but €0 does not have any? I
; Ans. CO has a dipole moment while C0; does not have any. i
' Reason: COy has a linear structurd, because the dipoles being equal and opposite, cancel out each ,
| other's effect. Similarly CS; has zera dipole moment. |
: ci=e o= '
I w=012D w=0 |
i b) Do you think that Individual bonds CCLs are polar? Explain In terms of the electronegativity difference. i
' ‘What about the polarlty of overall CCf, molecule? '
| Ans, Electronegativivofc=2s | _______ e A e =
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Electrenegalivity of CE= 3

on C and partial negative charge on CL 5o each € - CL bond is polar with a dipole moment.

|

L]

|

; However, due to symmetrical tetrahedral shape of CCL, The overall molecule i non-polar becayse the!
i indwvidual bond dipoles cancel each ather. l
! ¢}  Are these molecules polar or non-polar? Briefly give reasons. HF, CH,Cf,, O, H, 5

| Ans Molecules Dipole moment Polar/Non-polar

i HF 2 1.83 D Polar

I CH.CL 1600 Polar
i 0: 0.0D Non-polar
- H;S == 0.570 e e R

INTERMOLECULAR FORCES

Intermolecular forces are also the binding forces just like chemical bonds. However, the attraction belweeq 2
molezules is much weaker than the chemical bands, These forces are belisved to exist between al| kind;ﬂ

atems and melecules when they are sufficiently close to each other. Such intermolecular forees are caliag

der Waals forces, These intermalecular forces bring the molecules close together and give parnticular phﬂiﬂ

properti2s (o the substances in gaseous, liquid, and solid states
Three types of such forces are mentioned here:
i} Insantanzous dipole-induced dipale forces or London dispersion forces
i}  Permanent dipole-permanent dipole forces
i) Hydrogen Bonding
{For the detailed discussion on these forces, see the chapter “states and phases of matter”),

BOND ENERGY AND BOND LENGTH
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indrvidual € = CL bonds in CCL are polar due 1o electronegativity difference with partial positive r'h"h

“The bend energy Is the average amount of energy required to break oll bonds of a particular type Iy g,

mole of o substence. ™

# Itz determined expenmentally by measuring the heat invohed in a chemical reaction and its unit is ki mart

* Bond energy is a measure of the strength of a bond and its reactiviry.
= The strength of a bond depends upan the following faclors.
Factors Affecting Bond Energy:
(i) Electronegativity difference of bonded atoms
(i) Size of atams.
The bond energies/enthalpies of some bonds are presented in Table.
Table: Average bond energies of some selected bonds In kI mal™
Single bonds Multiple bonds
H-H Ja32| €-1 |240| FF |154| C=C 614
H—F | 565 | C—-CL|339 |Cl-CL) 233 | C=C 839
H=CL| 427 | C—N | 305 | Br=Br | 193 | O=0 495
H—Br | 363 | C=0D [358| I-I1 |149| C=0 745
H=1 | 295 | N=H | 391 ) 5=5 J266] N=N | 941
C—H |413 [ N=0 | 201 | Si—5i [340| C=N 615
C—C | 347 | O=H | 467 | 5i—0 [452 | N=0 E07

3

Let us consider the rale played by electronegativity difference. Look al the bond energies of H-X typed
compounds, where X=F, Cf,Br,1. The data show that the bond energy of a bond rises with Ik
increasing  electronegativity difference  between the bonded atoms. As the difference B
electronegalivity increases, the bond polarity also becomes greater and this gives rise to additiont

attractive force for binding the atoms.
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This is why the band energy for HF is higher ( 565 kI mol™ ) than for HI (295 k) mol 1Y, 1t may be noted that

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

Bond Length:

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

Measurement: The bond lengths are experimentally determined by physlcal techniques, such as

electron diffraction, X-ray diffraction, or spectral studies.

Factors Affecting Bond Length: The bond length of a bond is governed by many factors including
electronegativity (electrancgativity difference), size, and the nature of the covalenl bond [single,

double, or triple).

Explanation: With an increase In slze 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 electronegatlvity difference between the bonded atoms, the bond
becomes shortened. For example, 5I-F bond length In SIF, |5 found to be near 155 pm, whereas the
calculation of SI=F bond from the covalent radii of 5i and F{Si=117pm and F =64 pm) is 181 pm. The
electronegativity difference causes an lonic character in the covalent bond. The ionic character results

in shortening of the bond length due to the additional attraction between the bonded atoms.

Some selected bond lengths are given In Table,
Table: Bond lengths of some selected bonds

Reasons:
Acld Strengths HI = HF

Acid strength depends on how easlly a molecule donates a proton (H*).

Bond strength (H=X bond):

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

H-F bond is very strong (565 kifmol) due to the small size of fluorine and strong overlap with hydrogen.
H-I bond is much weaker (257 ki/mal) because lodine is large and the overlap with hydrogen

orbital is poor.

Anlon stabllity (F~ and I7):

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

F~ Is small and highly charged (h

tightly — reverses the dissoclation.

I i5 large, more polarizable, and better stabilites the negative charge —» doesn’t recambine as easily

with H* —» acld remains dissoclated.

Reducing Strength: HI > HF

A reducing agent donates electrons [l.e., gets ouldized itself).

In redox terms:

I =% 1y + 22~ (gets axldized)

:F‘-}fi-r_h‘

— i — e — i — i —

QUICK CHECK 3.5

Hils a stronger acld and a robust reducing agent, whereas HF Is a weaker acld. Explaln.
The difference In acld strength and reducing ability between HI (hydroiodic acid) and HF (hydrofluaric
acld) Is rooted In bond strength, electronegativity, and ion stability.

Bond | Bond !anﬂpm} Bond | Bond length (pm)
H=H 74 Si=F 155

H-=8r 144 C-F 135

c=cC 154 c-ctf 1E0

C=C 133 C—-Br 196

CmC 120 C=i 214

C=0 122 B=F 130

Si—H 145 B-f 175

igh charge density) = strongly attracts protons, so itholds onta H*

— e — — — —
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- Actually, acetylene (CiHa) Is less stable than ethene (CiHa) in terms of enthalpy or thermodyngy,

Ease of oxidatlon:
s [I"Is much easler to oxidize than F~ because; i

= lodine has a lower electronegativity (2.5) than fluorine (4.0)

= Fluaride lon (F7) Is very stable and resists giving up electrons

* I” can be oxidized to Iy more readily = good reducing agent
Hl Is a stranger reducing agent because I” Is more easlly oxidized than F.

Property HI HF

H=X Bond Strength | Weak (easily broken) Strong (hard (o break)
Acid Strength Strong acld Weak acld 3
X" Anion Stability | I stable (large, polarizabie) F~ less stable {small, high charge densj
Reducing Power Strong reducing agent Weak reducingagent " ..
Acetylene (HC = CH) Is more stable than ethene {H,C=CH,). Can you explain Why?

stabllity — not more stable.

Explanatlon:

Structures

=  Acetylene (C:Ms):

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

= Ethene [CiHa): Planar molecule with a double bond between the carbon atoms: HiC = CH,

Thermodynamle Stabllity (Bond Energles)

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

Molecule €-C Bond Type C=H Bonds

Acetylene | 1 triple (839 kifmol) | 2 x C=H (2 x412) = B24

Ethene | 1 double (614 kifmol) | 4 = C-H {4 x 412) = 1648

Ethene has more total band energy —» more stable {lower energy).

Higher total bond energy = more stable molecule

Heat of Formation [aH])

= Acetylene (CaHa): +226 kifmol (positive —» less stable)

= Ethene (CiHa): +52 ki/mol [less positive — more stable)

Ethene has a lower heat of formatlon =» more thermodynamically stable,

Acetylene can seem "stronger” or “tougher” because of the triple bond, which is short and strong, By,

this doesn't mean it's more thermodynamically stable overall, In fact, acetylene contalns moro energy |

{more reactive), which Is why It's used as a fuel [e.g. in oxy-acetylene torches), i

Property Acetylene (CiHi) Ethene (CiHa) |

C—C Bond Type Triple Double '|
i
|
]

Total Bond Energy (k)/mol)
1663
2262

Heat of Formation (aH]) | +226 k/mol +52 k)fmol

Thermodynamic Stability | Lower Higher
Reactivity Lower |

A COMPARISON AMONG IONIC, COVALENT, METALLIC BONDS AND °
INTERMOLECULAR FORCES

S e — o — g, o o [

Chemical bonds {lonic, eovalent, 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 bends result In the formation of new species through transfer and sharing of electrons, Wherea,
intermolecular forces act to bring molecules closer and infllugnce the physical properties. (However, sucha
clear distinction between the chemical bonds and intermolecular forces is not possible),
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‘li_“' Bond Strength: The distinctive feature of the chemlcal 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 Intermalecular forces,
Table: Relative strengths of chemical bonds and Intermolecular forces

Bond Type Bond Energy (k! mol™)
lanle bond In NaCL 760
0-H bond In waler A64
Hydragen bonding 20-50
Permanent dipole- Permanent dipole force §=10
Van der Waals forces 1-20

The bond energy of lonic bond (sodium chioride, 760 KImel™) Is highest, followed by eovalent bond
{o-H=464 kW mol™) ond average hydrogen bond energy (20-25 &k mol™ ). it shows that the lenic band s the
strongest form of chemical bonding. It also reveals that chemlcal bonds are generally much stronger than
Intermolecular forces. The permanent dipole-dipale forces (520 kmol”) and London dispersion forces

* (1-20 kJ mol” ) are éven weaker as indicated by their low band energles.
The metalilc bond 1s 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 lonic and covalent bonds. The

average bond energy of the metallic bond s 100-130 kI mal” . A satisfactory argument for the low strength of
metallic bond Is éxtensive delocalization of electrons within the metallic crystal,

VALENCE BOND THEORY (VBT)

. How the bonding In the following molecules can be explained with respect to valence bond theory?
1) €t (1) o, (i) N, (iv) HF (v) H,S
The VSEPR model predicts and explains the shapes of molecules but does not glve reasons for the
formation of bond's.
¥  Introduction of VBT:
VBT Is concerned with both the formaticn of bonds and the shapes of molecules, This method of
describing a covalant bond considers a molecule as a combination of atoms
%  Postulates of VBT:
The pastulates of VBT are given below:
= A covalent bond |s formed when hall-filled arbitals in the valence shells of two atoms with similar
energy overlap.
« Agreater overiap of the arbitals results In a stronger bond.
= Covalent bonds are directional. The direction of the bond is determined by the shape and mode of the
overlapping orbitals.
2 Formation of Sigima Bond
A sigma bond s 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. @' Rock Your Brain!
¥ s 0Overlap (H=H Molecule) y

5. How slgma bonds are formed?

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,

Alter the bond formation, the electrons are palred up and the electron density in this molecule is
symmetrical around the two nuclel as in Figure,
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H, molecula

R O e &
s 5
Hydrogen Hydrogen
Flgure: Overlap between 3 orbitals of two hydrogen atoms to form the H: molecule
»  z-p Overlap (H - CL Molecule)
The s orbital of one atom can overlap with the p orbital of the other to form a covalent bond (q), Fo
example, in HCL molecule, a hall-filled s orbital of hydrogen overlaps with a halffilled p orbital of chig r

as shown in Figure, The electron density Is higher close to the CL atom due to-its higher EI““““‘Eithﬁr
walue, This Is why HCL s a polar molecule,

@" — GBEE@ — e3

Hrﬁugm. :h}urldl

Symmalical Electron
Donuity

Hmwulam c:nhm--lm b.-z'l.upm
: Flg.: Formiation of = band by s-p overlap
¥  p-pOverlap (CL=cl Molecule)

An example of this type of overlap Is the formation of the Ciy
molecule where ' p ' orbitals of two chlorine atoms overlap on the
nuclear axis. The electran density is symmetrical around the nuclel
of the two CL atoms because both have same value of
electronegativity.

— @O —eC D
In Ip Gt ot Ch
Chiarine atam  Chiorne atam
Atormic orbilals ity
Flgure: Overlap of p and p orbltals to form Cl: molecule according to VBT

Interosting Information) )

The bond angle In HiO I3 o450
wheroas In HsS, It b5 92% Thisis begy,
the orbitals of 5 are larger and the
pale exerts a stronger repulshon,

7  H;i5 Molecule
The H;5 molecule is a non-linear molecule which is formed by the
combination of one Sulphur and two hydrogen atoms. The two 3p
{say 3p, 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!
[ Hw.pl [m) bonds are formed?

Pariaty hhed
3p oibibaly

Flg.: The formatlon of H:S molecule by H and 5 orbltals overlap

Formation of = bond

Formation of Double bond in0 =0

Consider the formation of a double covalent bond between oxygen
atoms [0 = O). 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 @ o 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
plane of the nuclel and the other two lobes below the plane as shown In
Figure. This results in the formation of 7t bond. The oxygen atoms are
doubly bonded through o and 7 bonds.

YU

0=0
Flgure: Formation of dooble b
(o and n) between oxygen atam
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’: |F| Quick cHECK 36 !
|a) Draw the orbital structures of Hy0 and My molecules. |
i Ans. Water (H,0) i
; Lewls Structure: i
| s Dxygen (0): 6 valence electrons |
1 « Hydrogen [H): 1eachx2=2 i
! » Total =8 electrons i
I « Oxygen forms 2 single bonds with hydrogen and retains 2 lone palrs |
1 Electron Geometry: = I
! » delectron reglons (2 bonding pairs + 2 lone pairs) ,!
| s Electron geometry: Tetrahedral |
1 « Malecular shape: Bent (V-shaped) due to lone pair repulslon -
! # Bond angle: 104.5" !
|2. Nitrogen Molecule [Nz} |
! Lewls Structure: N
! « Each nitrogen atom has 5 valence electrons !
| « They share three pairs of electrons Lo form a triple bond |
i « Each M has a lone pair remaining i
! Electron Geometry: !
| « Only 2 atoms, so it s linear |
1 s Bond type: Triple bond '
I # Molecularshape: Linear !
| « Bondangle: 1807 |
[ N=N: '
} b) Draw the orbital overlap to show the formation of F; and HF molecules. !
| Ans. Fluarine molecule (Fi) 1
[} 1
| |
i ]
| ﬁ @ |
[] Zp L]
3 |
| The formation of the fluorine molecule |
i Hydrogen Flueride Molecule (HF) i
1 1
| |
. A D3 P @ = 1
| 1
i ; aa i
- _Thn formation of the hydregen fluoride molecule W
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ATOMIC ORBITAL HYBRIDIZATION

Q. Explaln the orbltal hybeldizatlon for CH,,NH,,BF, , and BeC{,.

2 Hybridization: -

A process in which atomic orbitals of slightly different energies and shapes are mixed together 1o fomy
new set of equivalent orbitals of same energy and same shape s called hybridization. L

g

= Hybridization is a process ef mixing of orbitals in a single atem (or lan).
= Only orbitals of comparable (relatively close) energies can be mixed to form hybrid orbitals,
s The number of mixing orbitals is always equal to the number of the resulting hybrid orbitals,
2 Types of Hybridization
sp Hybridization
= In sp hybridization, ones {low energy and spherical) and one p orbital (high energy and dym
shaped), intermix to give a new set of two orbitals of same energy and same shape called sp hm“
orbitals. These sp hybrid orbitals are arranged In linear geometry and oriented at 180°
» Beryllium Chloride (BeCls): The electronic configuration of the outermast shell of Be is as follows:

\l

B-,__:- Ground
25 26 2p 2p

aa._,_.t T Excited Bepan™ T T hybelazed
Zs 2p 2 I sp sp

* The two sp hybrid orbitals lie linearly as in the following diagram Flg. The sp hybridization Exp1.|am|.|

geometry of linear molecules such as beryllium chloride, BeCt,. It is formed when two sp iy
orbitals of Be atom overlap with the half-filled p-orbitals of chlorine atoms.

# [T 4 3
: ey
» ol B oreilal Tavn 3 hybeid evistaly mﬂ-mnuw
1Bﬂ'

- eloc

Flgure: Mixing of s and p erbitals 1o g]l.le two leu‘ld sp orbitals and the formatlon of BeCZ,
*  sp? Hybridization
= In sp® hybridization, one s and two p atomic orbitals of an atom intermix to form three orbitals ol
sp® hybrid orbitals.
=  The three half-filled sp® hybrid orbitals are arranged ina trigonal planar geomelry with bond angles of 7

e
x Hybrdization
) Q’é B
25 orbital 2p, orbilal 2p, orbital Shape of cne sp' orbilal
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Figure: Formation of sp® hybrid orbitals from atomle arbitals

»

Boron Trifluoride (BF.): The sp! hybriditation explalns the geometry of planar molecules such as BF,
Electranie confliguration of 4B [5

I [T Je

28 2p, 2p, 2p,
L ik

owciea* | T| |T]T
sp? sp? sp?

2s  2p, 2p, 2p,
The three outermost orbitals of B mix together to give three sp’ hybrid orbitals, On the other hand,
one of the p arbitals of Nuarine is half filled (e.g. 2p, ). BF, is formed by the overap of three hall-fifled
sp’ hybrid orbitals of boron with 2p, orbitals of three fluorlne atoms. The structure is triangular planer

with bond angles equal to 120°, each asin Figure,

5B ground =

Hybridired

Flgure: Formation of BF; molecule through sp’-p overlap

5p" Hybridization

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.

Methane (CH.): These hybrid arbitals are arranged In {he tetrahedral geometry as shown in the
example of CHs as In Flg.

The electronic configurations of valence shell of 4C In its exclted and hybridized states are given as

',.;-W_. ;[ l 3 o
Exched Ciptoiueg ™ T T T T Fyfndiaed

c“m- TTT op' sp' sp’ sp'

23 2p, 2p, 2py
The e:m:rglu of hybrld orbltals are lower than unhybrid orbitals. Figure shows the putermost four
atomic orbitals of carbon mix up to give four hybrid orbitals of same energy and same shape.

o oo 4|~

2p, orbital 2p, orbital 2p, orkxslal
Flgure: Farmatlon of sp” hybrld orbitals of € In methane

Shaaps o arm 1 olokel
v e b

25 orbital F.uq.lup hybind oebitals .
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# The four new hybrnd orbitals of equal energy have 2 i
tetrahedral geometry with carbon nucleus at the center. R pid w:" Knﬂv.:"l" Table: Geometrles and shapes of different systems of covalently hondt:! m;npm.rnds
The methane maolecule Is formed by the overlap of sp' | Eachip?hybeid arbitl conilits o two labey, ngular j
e ¥ P P ane larger and the other smaller. For the Mo, of electron pairs No. of Electron palr Shape with seatlon of Examples
hybrid arbitals of carbon wilh 1s orbitals of four hydrogen sike of skmpliciiy; the simaller 10015 yival around central atom | lone palrs grometry respect to atoms o
atoms separately to form four sigma bonds. The four C=H | o1 ihawn white representing spb hﬂ;r.: — ) Vo7 o = SeCl
bonds, which result from sphs overlaps, are directed | oebitals together : 180 co,. 3
towards the corners of a regular tetrahedron. = 3 0 trigonal trigonal 120° BCE,, 50,
E] 1 triganal Angular, v-shaped | |gess than 120° 50,, SnCi,
VALENCE SHELL ELECTRON PAIR REPULSION MODEL (VSEPR) — a [3] tetrahedral tetrahedral 105.5" €H,, CCf,
— 4 1 tetrahedral pyramidal Less than 109.5° NH,, H,0"
4~ 2 tetrahedral Angular, v-shaped 52 H,0, OF,
0. What are the postulates of VSEPR model? Discuss the structures of the following specles with refereng, (B - : Less than 109.5 1 3
5 D Trigonal Trigonal 170" aa° pCcL., 1
to this theory. bipyramidal '
{l) CH, (M NH, (i) H,0" (i) PCE, (v) 50, {vi} SF, ——r 7] octahedral " octahedral 50° SF, , XeFa
The VSEPR model descnbes the shapes of molecules based on the electron pairs that surround the centg; '; Steps to Determin e Shapes of Molacules
alom. This model was presented by Sidgwick and Powell In 1940. It is based on the assumption that ; 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 g, 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 armange themselves at farthest F‘?‘iﬂhh is masthy :]Elﬁttﬂd as the central atom, For example, In CCLy, the carbon atom is '::rl'.
nces. Th ent of the el [ i It lecula, the central atom.
:istzuj J is arrangement of the electran pairs determines the geometry of the resulting malecu Il. The total number of electron pairs around the central atom are counted | o, -Gt
ostulates: {including bond pairs and lone pairs). For example in CCL, the tatal number of
I. Both the lone pairs [non-bonded) as well as the bond pairs partitipate in determining the geometriy bond pairs around the C atom are 4 and it has no lone pair. ,
of molecules. fil, The total number of electron pairs determines the electron pair geometry [as Ct

in the above table) of the molecule. For example, CCL has total four electron

palrs and its geometry is tetrahedral,
v, Finally, the actual shape of the molecule is determined excluding the lone pairs {if any].

li. The electron poirs are arranged around the central atom 5o as to remain at maximum distance aparm g
avoid repulsions.
lil. 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 KEEP IN
bond pairs. The magnitude of repulsions between the electron pairs in a given molecule decreases iy MIND
the following order:
Lene pair- fone poir {ip = Ip) > lone poir-bond pair (Ip= bp) > bond pair (pm) bond pair (bp = bp) Number of electran pairs around the central atom are calculated as in the following example:
+  Valence electransinN=5 Calculation for lone pairson N

@6 @ @ + Electronsshared by 3H=3x1=3 Mo, of lone pairs on N = Total no. of pairs =
= Total numberof electrons=5+3=48 no. of bond pairs
g No. of lone paironN=4=3=1
# Taotal number of electron pairs = -?: =4 Thus, N has 1 lone pairin NH,

An electron palr shared by two nuclel occupies less space than a lone palr bound by a single nucleus

iv. Th_e two elgcl.run pairs of @ double bond and three electron o AB;type Molecules (Linear geometry)
pairs of 2 triple bond, contain a higher electronic charge density, @ Rack Yaur Brainl 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. x e minimize repulsions between them. Thus, they lform a linear geometry as shown in Figure, BeCly molecule

v. The presence of highly electronegative atoms with the central | 7. Why does fane palr of slectron 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 :::‘::;::” spmes-aycompured 180"

bond pairs, but stronger repulsion by the lone pair,
g e e : ateelc @-o-@

= Predicting the Shapes of Molacules Flgure: Unear shape of the Becds molecule
In arder to illustrate this model, the central atom Is named ' A '. The electron pairs around ' A ' ane Electron pairs Arrangement of | Molecular
designated as ' B . There may be different number of electron pairs around the central atom depending . Total | Bonding Lone i palrs geometry Shape
upon its valency. It gives rise to various types of molecules, such as AB;, AB;, ABy, etc. The electron palr BeCl; 2 2 o AB; Urgar v Urear B0
geometry of a molecule s determined by the total number of electron pairs around ' A ° whereas, th cl 351 I
actual shape of the molecule is determined by the atems excluding the lone pairs, Fallowing Table gl Mpcly 2 2 o Al Linear Linear CI-":E;\"{:I

the possible shapes of different types of molecules having varying numbers of bond and lone palrs. . Other Examples: MgCly, CaCly, Cdcly, Srcly, HRCly
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ABj typa (Trigonal planar geomaotry)

AB; type with bond palrs and no lone palr:

In ABy type molecules, the central atom s surrounded by three electran pairs, which are arranged 4
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 o
120" Figure. The similar geometries are expected In the hydrides of group 3 (11-4), Le. AlH,,GaH,,BH,, el

I,: 120"
F"EDF

Flgure: BF Is an ABj system having trlangular planar geometry
ABj type with one lone palr and two bond palrs:
In SnCLy, the Sn atom has 4 electrons In its outermost shell, It makes two bands with two CLatoms and the
remaining two electrans exist as a lone palr (Figure below). One of the corners of the triangle Is accupled
by this lone pair, giving rise to a distorted trlgonal electron pair geametry (in vapour phase). The actual

shape of SnCl; Is v -shaped and bond angle less than 120° due to the presence of a lane palr on Sn atam,

\'UE

Electron palrs
Total | B L Type

Molecule Arrangement Geometry

SnCi,
[Stannous 3 2 1

Shape
Bent or
chioride]

angular

Triangular

ABy s

Sh
s
2 AB; Type with Multiple Bonds

The malecule of 50; has all the three regions ooccupled by 5 = O bonds. The structure of 50, Is F'Eﬂenhf
trigonal with each angle equal Lo 120" On the other hand, In 50, one comer af the triangle Is oecupled bya

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

k

1207 @
l < @ Rock Your Broin!
- %
D'J’ ‘\"‘G O/f:‘j‘bo B Geometry of 505 molecule Is:
[A) Linear (B) Amgular
P 5&1;;:; :L:I::LFW honsed (c) Tetrahedral (D) Telgonal pyramidal
Electron pairs
Muolecule Soral 3 Y Type Arrangement Geometry Shape
S0z ABawith Triangular Bent or
[Sulphur 3 2 1 multiple oHiniar arita (/
dioxide) bonds K
Electron pal |
Maolecule Total . Bn Ll L Type Armangement Geometry Shape
50, AB; with : L
[Sulphur 3 3 o | multiple T'::ﬁ::“ T":[::::“ 120 g 20
trioxide] bond 05 0

SCHOLAR 2 CHEMISTRY [11') 81
ABs Type (Tetrahedral geomatry)

AB, type with four bond palrs and no lone palr:

In this type of molecules, the charge clouds due to four
glectron palrs avold their electrostatic repulsions by belng
farthest apart to form the shape of a regular tetrahedron,
Each of the bond angles Is of 109.5%, Each of the four
valence electrons of carbon palr up with the sole [one}
glectron of a hydrogen atom In methane, The four bonded
glectron palrs are directed from the center towards the
corners of a regular tetrahedron, (as shown In Flg) with each
comer representing a hydrogen nucleus. This arrangement
permits a non-planar geomelry of electron pairs, Each H-C—H
bond angle Is perfectly 109.5°,

Examples: On the same grounds, SiH,,GeH, ,CCE, possess the similar shape.
Electron palrs
8 L

Flgure: Regular tetrahedral shape of the CHy
molecule

Molecule

Arrangement of
pairs

Type Geometry

T

CHy L 4 ABy Tetrahedral Tetrahedral

Extend Your Knowledge
The tetrehedral shape has four cormers, four faces, six edges and six bond angles. Idealily it has bond angles of

109.5° each.

%  ABstype with three bond palrs and one lone pair:
{1} 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" asin Figure. This effect compels ammonia
to assume a trisngular 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.
{1} NFy
* Take the example of NH;, which contains three highly efectronegative F atoms bonded to the N
atom. The bond angles are further compressed ta 102.5%,
¥ Reasons:

Thie 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 repulslon over bonding electrons. Moreover, the bond pairs (N=F
bands) 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 pyramidal shape of the NH; molecule
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I i Arra tof
Electron pairs ngement o
Geomet Shape
Molecules = - T Type el eometry
L [T —-\-|..|N
NH; Trigonal j
Atninonts a 3 1 ABy Tetrahedral pyramidal H"‘“’“ -
() H:0 B

Experiments show that the water molecule (Hy0) Is angular or v -shaped, although it has four eleg
pairs around the central atom. Two of the corners of the tetrahedron are occupled by two lone pairs 5,
the remaining twe by bond pairs. But, due to the greater repulsions of the lone pairs, the bond angley

reduced to 104.5% as In Fig.
-.D.‘
@ H™ s H

Anpular shape of water malecule earluding lone paies

Tetrahpdral peametny including lane pairs
Figure: Water molecule has two lane palrs and Is v-shaped with suppressed bond angle
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QUICK CHECK 3.7

Caleulate the number of lone palrs on the central atoms In the followlng: Hz0, IC1, T,

H10 (Water):

= Central atom: Oxygen (0]

s Valence electrons of 0: 6

« Hydrogen atems: 2 x 1 = 2 electrons shared

» Total electren palrs around O: (6 + 2)/2 = 4 pairs
« Bonding palrs: 2 [from two O = H bonds)

« Lonepalrson0:4-2=2 lone palrs

icly {ledine Trichlaride)

« Central atom: lodine (1)

s Valence electrons of I1: 7

+ Chlorine atoms: 3’ 1 bond = 3 bo nding pairs

= Totzlvalence electrons invalved: 7{1) + 3
{shared with Cl} = 10 electrons = 5 palrs

= DBonding pairs: 3

= Lonepalrson:5-3 =2 lone pairs

Iy~ (Trilodide ion)

+« Central atom: lodine (middle 1)

= Total Valence electrons:

= 3lodineatoms=3x7=21
= Extra 1 electron (due to =1 charge) = 22 electrons
Total electron pairs: 22 + 2 = 11 palrs

Electron pairs Armangement of
Molecule Total - 1 Type ke Geometry Shape
G
H:0 4 2 2 ABy Tetrahedral Bestor /.T.'.
angular 4 N
(iv) Hydronlum lon

(v

The VSEPR model also explains the shapes of lons. The hydronium jon [H,0]" is formed when a waly
molecule captures a prolon. The hydronium ion belongs to AB, type with one lone pair and possesses;
trigonal pyramidal shape just like the ammaonia malecule,
Amide lon !

The amide ion [MH,] iz also AB, type as it is surrounded by two lone pairs and two bond pairs. b
geometry is tetrahedral, but it has a bent shape (v-shape) similar to the water molecule (Figure).

.*_

0.
“I H

81 H
vshaped amide lon

tetrahedral electran
H pair geamelny

trigonal pyramidal shape

H

Hydronium lan

Figure: Shapes of hydronlum (H,0%) and amlde lons (NH;)

e — e e e — — . — — S — — i E— = 5 L =

. & Bonding pairs: 2 (I - | bonds)
* Non-bonding pairs on central I: Remalning 9 pairs — 6 on outer | atoms = 3 on central |
* Lone pairs on central I: 3 lone pairs
b} Calculate the number of bond pairs and lone pairs In SIHa, HiSe, and PH;.

Ans. Compound Bond Palrs Lone palrs
SiHy 4 0
Hise F 2
PHy 3 1
¢) Predictthe shapes and angles in SiHs, HiSe, and PH,.
Ans. 5“"4 HiSe PH,
Type of molecule AB,y ABy ABy
No. of bond pairs 4 2 3
Mo. of Tone pairs 1] 2 1
Bond angle 109.5" 91 53.5%
Shape of molecule H O)
slnma,s' /T \’:‘3'5
H H H Bent or V-shaped ) o
- Tetrahedral Trigonal Pyramidal

]

—_—

e e — - — S — -

-

"
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['d)  Predict how the bond angle In H,5 would be different from that In H,0. =
i' Ans. i
i Electron palrs Arrangement of
I Type Geome Shape [
| Moleewe ol | 8 L " palrs i |
. I
| Bent or s
o o A S T Tetrahedral i H/m\l !
! Bent or S E
! HaS 4 2 2 ABa Tetrahedral il H{(“_')\H I
————— — - e -]
2 ABstype (Trigonal Elpymmld Geometry)
#  AB;type with five bond palrs and no lone palrs:

3

PCL:

= In AB;y lype molecules, repulsions belween the five electran pairs can be minimized by an Bvan
distribution of electrons among the corners of a trigonal bipyramid.

* Ina trigonal bipyramid, three positions lie along the corners of the planar triangle, whereas, the othe,
two positions lie 2long an axis perpendicular to the plane.

= This s evident from the geometry of the PCls molecule given In Figure. The angles within the plane ar,

120" and that between the axial atom and a planar atom is 90°

Hl
il I
LS . @.
p— & &) 9
57 | @",. |
:cl: @

Flgure Lewls structure and shape of PCLs molecule
Note: Just as in the AB,and AB, types, the presence of lene palrs in AB, system also changes the shape
and the angles, but the change In this case is more dramalic,
Example: Trl-lodide lon [I,]7:
Tri-iodide ion [1,]” Is linear, although It is an AB, system. The central atom in this
lon is the lodine atom. There are five electron pairs around the iodine atom
including two bond pairs and three lone pairs. Therefore, it Is an AB, type

malecule 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 balow the plane. However, excluding
the three lone pairs, the actual shape of the tri-ladide ion is linear and the lodine

atems are farthest apart at an angle of 180" as In Figure,
ABs Type Molecules (Octahedral Geometry)
AR type with six bond palrs and no fone palr:

Aflg lype molecules have & electran pairs around the central atom. The repulsions between the electron
pairs can be minimized by assuming an octahedral geometry. In this geometry, Tour electron palrs are at
the carners 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 Lewls structure of SF; is given in Figure, it shows that this is an AB; type molecule,

Flgure 3.18: Shape of
teiladide lan [[1])

sCHOLAR 2 CHEMISTRY (11%)

Flgure: Lewls structure and octahedral shape of 5Fs with each angle of 307
¥eF, Is an AB; type molecule with four bond pairs and two lone pairs. The two lone pairs rzm:in.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°,

e palr in faribent ot 185°

iF F
..-"h“"‘g:r"'."'
B~ €
Flgure: Lewls structure and square planarshape of XeFu TR

1] lj QUICK CHECK 5.8

Q. Draw the Lewls structures for IFy and IFs and predict thelr geometry with reference to the VSEPR model.
Ans. Number of Valence electrons:

* lodine (I): 7 valence electrons

# Fluorine [F):3=x7 =21

« Total=7 (I} + 21 [F) = 28 electrons

Bonding:

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

= Distribute remalning electrons to satisfy octets on the flugrine atoms — 6 electrons per F= 3 = 18

electrons —# 22 — 18 = 4 electrons left.

« 4 electrons = 2 lone pairs an iodine,

# Electron reglons around lodine: 3 bonding pairs + 2 lone pairs = 5 regions

VSEPR Geometry:

= 5 reglons = trigonal blpyramidal electron geometry

= 2 lone pairs go In equatorlal positions to minimize repulsion.

+ Molecular shape = T-shaped

Structure: IFy Lewls Structure

S e ——— - — N — — i —

F=1—F:
o
:E:
IFs [lodine Pentafluaride)
Valence electrons:
« |odine (I): 7 valence electrons
*  Fluorine (F): 5x7 =35
s Total =7 (] + 35 [F) = 42 electrons
Bonding:
¢ 5[-Fbonds use 10 electrons —» 42 = 10= 132 Eiectrurls left

W —— i — i — — — T — . — T — i — o — & = o - - -
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=  Gelectrons per Fx 5 = 30 electrons =+ 32 = 30 = 2 elecirons h:a‘l

= 2 glectrons = 1 lone pair on lodine

Electron reglons around lodine: 5 bonding pairs + 1 lone palr = G reglons

VSEPR Geometry:
* & regions — octahedral electron geometry

= 1lone pair =+ square pyramidal maolecular geometry

Structure: IFs Lewis Structure

IF:

Il:::-.____‘!___,.d-"'.-
tF__,,..--"..‘-~-._,__I-__-l=

Vo o o s e e o — i — e e g e e o — = — i — i —

_____ —s = — ==

|
]
|
1
|
i
|
]
t
- ]
E: [
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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 receplor is
mostly a protein that receives and responds to a
ligand through binding. The examples of targets In
the body are receplors, such as enrymes, 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 ora ligand.

= Molecular shape is an Important feature that
4, determines how a drug interacts with a blological

target. Only the ligands with sultable 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
biologlcal systems, such as substrate recognition,
ligand specificity or selectivity, and antibody
recognition. For example, Aspirin Is an analgesic drug
{painkiller) used for relief from paln as a primary
medicine. It interacts with an eniyme COX
(cyclooxygenase) by binding to its active site through
the acetyl group (-OCCH,).

The shape of COX active site and that of acetyl group
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.,

— Ao

—
—_—
Recaplor

Drug A binds to receptor Drug B cannot bind te
receplor

Irreversible

Platelel
COX-1 dimes

aspirin

salicylic acld

Flgure: An Interaction of Asplrin with COX (Published
after permission from Tulane University Press)

MOLECULAR ORBITAL THEORY (MOT) |

The molecular orbital approach explains the results of gquantum
mechanical caleulations for covalent bonding. The pestulates of this

theory are:

& During the formation of a molecule, the atomic orbltals of the
combining atoms overlap to form new orbitals called 'molecular

@ Rock Your Brain!
9. Wh;' Iz MOT superlar Lo VBT?

arbitals’, which are characteristic of the whole molecule,

sCHOLAR 2 CHEMISTRY (11" 87
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The atomic orbitals averlap with the lobe having suitable sign of the wave function of the orbital. For
cxample, one lobe of a p orbital Is given the ' + * sign and the other is marked with *=* sign.
Two alomic orbitals overlap to form lwo molecular orbitals, When same sign orbitals overlap, the
bonding molecular orbltal (o or ) Is formed that has lower energy than the parenl atomic orbital,
while wilh opposite signs, high energy antl-bonding melecular orbital (@ or n" ) is formed, that has
higher energy than the parent atomic orbitals.
The number of bonds formed between two atoms alter the atomic orbitals overlap, is called the bond
order and Is taken as hall of the difference between the number of bonding electrons (say a) and anti-
bonding electrons (say b).

-b

Band arder = aT

s-5 Overlap

in the formation of H; molecule, two s orbitals of H atoms caombine 1o give two molecular orbitals. The
banding molecular erbital Is symmetrical about the axis joining the nuclei of the bonded atems (nuclear
axis), while the antl-bonding molecular orbital has the electron density away from the nuclei of the

overlapping atoms as in Fig
H

1 onloonding
molocular

ortatal

[#=] o1s
bondng
mailecuylar orbeal

-} &

Enrrgy Dlagram Electron Probanilirg distisutien
Flgure: Formation of bonding and antl-bonding erbltals for the Hi malecule

The p arbitals of an atom can combine to give:

a)

k]

PP

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 a(2p,) bondingand o™ (2p, ) antibanding malecular orbitals.

Sldeways Approach
When the axes of two p -orbitals (Le.p, or p, orbitals) ar: parallel to each other, they interact to form =

molecular orbitals as shown In the diagram Figure. The bonding molecular orbitals r:{Zn.,} or niip,) have

zero electron density on the nuclear axis [called the nodal plane). On the other hand, anti-bonding
maolecular orbitals n‘l?pf} and nt*(2p,) have the least electron density in the inter-nuclear region.

388 - 88— -

Arlbnndmg

“E::@—-@@ie@m

AntEcrdng

/—-CSD CRD CD — @ -

Bording
Flgure: Formation of S and & MD; irnrn P Py and p, orbitals

ip, = Ip,

Bandirg
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Draw the molecular orbital diagrams of the fallowlng melecules. Calculate thelr bond orders? R
(i} Hy (i) He, (1) Ny {iv) O,

ii)

[]1]

Molecular Orbital Diagrams of some Diatomic Molecules and their Bond Orders ™

Hellum

The electron configuration of He Is 15, For a
successful formation of He, maolecule, 1s orbitals of
two He atoms must combine te form bonding (51s)

Band oeder ol Hy:
The number of bonds formed between H-atomy |,
Hydrogen malecule may be calculated as fallows:
Pwmber of electron in banding molecular orbital =3

and ant-bonding (6 1s ) orbials as shown in Figure. B ol alectron 1 ding o orbizad o

Dut of four electrons, twe enter the bonding o0
molecular orbital §{1s) and the remaining two occupy | Berdorders —— =1

the antibonding & (1s) molecular orbital. But on
calculation we discover that the bond order for He, 15 2ero. Hence, Hey, molecule is not formed,

==
EE @-Ru:k Your Brain!
€ g
- 18 What bond order? Give g,

example.
st
Flgure: Molecular orbltal dlagram ol Hes molecule
Bond order of He, =l§£=n
Nitrogen (Nz)

Electronic configuratian of N i,
Meast 28t 200 200, 20
The molecular orbital diagram of N, based on this

electron configuration iz shown In the figure below
[Figure). The valence shell 2 5 on both N atoms give o2 5

and a'2s orbitals; whereas, 2p orbitals give six
molecular orbitals which are arranged in the increasing

order of energy as: =
u!s-cuizs-cnzprsxﬂplqu!p.cu'zp' =n;'2p|-cu'ZsP‘ gq @ -

B3 Afdp
The bond order for N, can be calculated from its orbital

AE 1 O]
diagram as: _
Bond nrd!rum,z-s-—nsa e —{1) (— n
2 s [

Therefore, there are three covalent bonds between the )] 0
nitrogen atoms in this molecule, One of these is 3 o bond nlsh

while the other two are x bonds. Nitrogen malecule hasa  Flg: Molecular orbital diagram of N3 molecule
triple bond between its atoms,

Oxygen, Oz

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

o2s<o’2s<olp, < nip,=nip,<n'lp,=n"1p, <a’ IR,

SCHOLAR "2 CHEMISTRY [11™)

6=2
The bond order of oxygen ls ![T]. wihich shows the presence of ane o and one = bond between the

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

molecule.

@ Rock Your Brain!

11. Band order af 0, according to MOT iz
&5 1 o2
)3 os

The MO diagram of oxygen shows the presence of two unpaired electrons, one i n'l!p,] and n'{2p,)
gach. Due to the presence of these unpaired electrons, oxygen molecule has a net magnetic field, which

interacts with the external magnetic field.

i
Flgure: Molecular orbital diagram of Oy melecule

Uquha oxygen is :Hﬂﬂ!-d:n-ﬂ_.;!lj
suspended between the poles ol a
strong magnet

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

Bonding Molecular Orbltal (BMO)

Anti-Bonding Molecular Orbital (ABMO)

« It is formed by the addition overlapping
{constructive Interference of electron waves) of

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

atomic orbitals atomic arbirals,
= The wave function (] of a BMO is given by The wave function () of an ABMO is given by
Whasan = W + Wa Waman = s — e

# |ts formation takes place when the lobes of
atomic orbital have same sign.

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

= The energy of BMO Is lesser than that of parent
atomlic orbitals, Thus stability of the molecule
increases.

The energy in AB.M.O is highar than that of
parent atomic orbitals. Thus stability of the
molecule decreases

= The electron density increase in the reglon
between the nuclei of the bonded atom.

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

* Every electron in BMO contributes toward the
attractive forces.

Every electron in ALB.M.O. contributes toward
the repulsive forces

+ _eg. Sigma (o) and Piln) in BMO.

e Sigma [o”) and Pilr) in ALB.M.O.
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Explanation

B Atoms share electrons to form a covalent bond, resulting In a stable molecule.
Covalently bonded atoms have specific orientatlons in space with respect to each other, 'Th?
z. 5.0 | shared electron pairs are localized between two atoms which are formed by the overlap of
half-filled erbitals which have definite directions. Thus covalent bonds are directional,
3. D PCL; has 5+ 5 = 10 electrons (Expansion of oclet) ="
4, D BF Is a regular trigonal planar molecule, when dipoles cancel each other. 4]
Sigma (o) Bond: ==
Sigma bond s formed by linear or head to head overlapping of partially filled orbitals.
S Example: Hydrogon (H) Moleculs )
H=1s
DO w e
5. 5.4 Saparated H-alama Overlapping of orblials Covalent band n H,
' s and s orbital overlap in Hz
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 nuclel. The bond Is called o
bond (sigma bond). A single band 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.
Pi () Bond: Pi (n) bond Is formed by parallel overlap of half-filled atomic erbltals. In =
E. 5.0 | bond electronic charge density lies above and below the Inter-nuclear axis and Is weakly
attracted by nuclei. e.g., HiC = CH; (Ethene} has one Fi [n) band.
MOT superior to VBT:
Valence Bond Theory Melecular Orbital Theory
*  According to this theory only valence | =  According to this theory, all the electrons
electrons are Involved in bond of interacting atams are Involved in bond
formation formation
* In VBT the two concerned atoms do [ In MOT, the two atoms lose their
7. sa not lose thelr individual identity individual identity
= |t does not explain the paramagnetic | = It explains the paramagnetic behaviour of
behaviour of molecules like O;, maolecules like O;.
= It does not give idea about the bond | » It give idea about bond order by which
order we can determine that whether the bond
is single, double or triple
= |t does not explain the non- existence | = It explains the non-existence of Hep
of He; molecule molecule
8. B Geometry of 50; is angular because it is an example of AB3 with one lone pair.,

' gCHOLAR “2r CHEMISTRY (11") x
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10.

=

A bonding electron pair s altracled by both nuelei of atoms while non- - A
bonding by only one nucleus. Because a flone pair experiences less nuclear
attractlon, Its electronic charge Is spread out more In space than that lor lﬂgft:ﬂf_m
bonding pair. As a result, the non-bonding electron pairs exert greater ol =
repulsive farces on bonding electron pairs and thus tend to compress the bond pairs. That s
why the electron pairs of lone pairs occupy more space than the bond pairs.
Bond Order:
“Hall of the difference between the number of bonding electrons and anti-bonding electrons
is called the bond order.”

Wumber of electrons in B.0.0 — Number of electrons in A B.M.O

2

50

Bond Order =

5.0 Example: Bond Order of My

MWumber of electrons in bonding molecular arbital =6
HWumber of electrons in antibonding molecular orbital =0

6=0
Bond order ST 3

B Bond order of Oy according to MOT is 2.

w Wl

viL.

D> Erercise . &L

MULTIPLE CHOICE QUESTIONS (MCQs)

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

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

b) Force of repulsion is greater than force of altraction

¢} Force of attraction overcomegforce of repulsion

d) None of these i

Anlonlc compound A'B™ Is most likely to be formed when:

a) lonfzation energy of A Is high and electron affinity of B is low.

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

¢} 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 zere dipole moment?

a) NH, b) cHCE, c) H,O d) BF,

The numbers of o and & bonds In the Nx molecule are:
aj one o and one © bonds b} ane o and two x bonds
c) three o bands anly d) two o and one =

Which of the following specles has unpaired electrons In antibonding molecular erbitals?
a) 0;* b) Ny ' c}B d) F,

The shape of ICf, according to the VSEPR model is:

a) Tetrahedral b} Trigonal planar ¢} Trigenal bipyramidal

Which of the following molecules has a net dipole moment?
a) co, b) 5, €) 50,

d) Square pyramidal

d) cct,
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i=
Vil How many electrons are present In the valence shellof Pin PO 7

IX.

X,

Xl

X

Sr.Mo, | Option 1 Answer

Al s

b) 10

Chapter 3 3 Chemlcal u“ﬂ

)12 d 14 o) 15

How many extra electrons than a normal octet are there In the valence shell of 1in ICE, ?

a) 2

b) 3

L d) 5

What s the type and shape of [1C¢, ] according to the VSEPR model?

al AB,, tetrahedral

b} AL, , pyramidal

¢} Al , trigonal bipyramidal d) AD,, square planar

Which of the following molecules has a central atom with sp® hybridizatlon and a tetrahedral clﬂhq
palr geometry?

{2) BF,

a) CH,

b) 50,

b} Macl

{e) cci, d} pce,

Which of the tollowlng species contalns a datlve bond?

€} NH, d) 0,

Answer Keywith Explanations

force of attraction | » Chemical bonds form when attractive forces (e.g. nucley,,
I € overcomes force ol electron) overcome repulsive forces (e.g.. electran-electron),
repulsion
the ionization energy | = lonic bonds requine: 1
i b of A s low and = Low lonization energy [A loses electrons casily).
electron affinity of B = High electron alfinity (B galns electrons readily].
is high
«  BF; Is trigonal planar with symmetric charge distribution =:_:?1;;
. d BF, dipole moment,
®  NH, [pyramidal), CHCL (polar], and HyO (bent) have dipale moments,
# N= R has: =
. b e 0 and two 1y = 1o bond (head-on p-orbital everlap),
honds = 2 n bonds (sideways p-orbital overlaps).
v b N - N}' has two electrons in antibending n*2py and n*2pz orbitals
= ? (1™ in each orbital).
.
‘ b l!'[.‘.l has T-shape,

Vi, d T-shape % The two lone pairs and three bonded pairs of electrons arrange
themsehes in a tngenal bipyramidal electron geometny. However,
the molecular shape is T=shaped due 1o the lone pabrs occupying
equatorial positions,

& 50, is bent (V-shaped) = net dipole moment.

ek ot 50 3 £0y/CS; (linear) and CCL (tetrahedral) are nonpalar.

o=
o=pLo-
v, b i0 o=

In the phosphate fon, the phosphorus atom itselfl has 10
electrons.

SCHOLAR 2 CHEMISTRY (11%)

LE]

ci \f) Gt
I
1%, c a Ct "‘,:I:;\Cc
# | has 5 bonds + 1 [one pair = 12 electrons (4 extra beyond octet)
= So, [AB:E type)
ci ce |
d AD M ;r :
anar
K. nagiaepaner . Lo Ct | has 4 bond palrs + 2 lone pairs = square
planar (AX.Ey or ABi) .
¥, € cCly » CCL has 5p" lybridization and tetrahedral geometry (4 bond pairs}
= -
it
X, € MH.* H.-"‘ | \H
. H has a dative bond (N =» H) where N donales
both electrans.

SHORT ANSWER QUESTIONS

a2 Attempt the following short-answer guestions:
3, Dellne the following:
(1) Dipole {il) Bond order
(I} Permanent dipole- permanent dipole lorce (iv) London disparsion force
‘ns. (I} Dipole:
A dipole Is a palr of equal and opposite electric charges separated by a small distance, creating a
partial positive and partlal negative reglon in a molecule.
(1) Bond Order:
Bond order ks the number of chemical bonds between a pair of atoms; It indicates bond strength and stability.
{1} Permanent dipole-permanent dipole force:
Permanent dipole-permanent dipole force Is an Intermolecular force thal occurs between molecules
that have permanent dipoles, These forces arise from the electrostatic attraction belween the positive
end of one polar molecule and the nealthre end of ancther.
(v} London dispersion force:
London dispersion forces are w:ak Inmtermolecular forces caused by temporary NMuctuatlons in the
electron distribution of atoms or mokecules, which create temporary dipoles that induce dipoles in
nelghboring particles,
b. Draw the Lewls [electron dot) structures for the following specles:
(IJHCN (1) NELy (i) co {1} Oy (v} NO;
Ans. (I} HCN (H) NCLs
= :Ce: N :Ce:
waf u o= : —_— - s ...+"
H-:CiiN: H—C=N :ce
{myco (v} Oy
&
Ca0: :CE O} i i STa N, e
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& Xenonlsa noble gas (group 18); xenon trioxide has the following structure: ‘
Xe
o# F"‘-‘n
I. By counting electron pairs around the central atom, explain why xenon trioxlde has thls shape. 1
. Draw astructure of xenon trioxlde showlng partial charges on the atoms and the direction of the dipoy,

In the molecule.
—
10),

Ang. [} Xenon trioxide (¥eO,) has a trigonal pyramidal shape because the central xenon atom
has 3 bonding palrs and 1 lone palr of electrons (total of 4 electron pairs), which adopt
a tetrahedral arrangement. The lone pair repulsion distorts the structure into 8 pyramid Ef)x'%
with Xe at the apex. "'""E 6

[ii) X20; has a trigonal pyramlidal geometry with polar bonds. The dipole arises from the
electronegativity difference (O > Xe), creating a net dipole toward the O atoms.

d. Explain the diference between the fermation of @ and nt bonds In terms of VAT,
Ans. [ Feawrs Sigma (a) Bond Piin)Bond -~ ]
Farmation Sigma {a) bond is Formed by end-to-end (axlal} | Pi {z) bond Is Formed by side-to- |

side (lateral) overlap of orbitals,
Only p-p orbitals (unhybridized)|
overlapping sideways.
Forms afier a sigma bond In|

overlap of orbitals,
35, 5P, or p-p orbitals along the axis

Orbital Overlap

-5

Firstor Always the first bond belween two atoms.

Additional double or triple bonds.

Bond Strength | Generally stronger due to greater overlap. Weaker than sigma due to less
effective overlap.

Electron Density | Concentrated along the bond axis. Concentrated above and below
the bond axis.

Free Rotation Allows free rotation around the band, Restricts rotation due to the
fixed overlap lzlrjs*nutrun,

S @ — 35

Hyarogen Hyarogen i

e. The structure of propanone (acetone) Is:

o
H,G-J'L-EH,

I.  Show how the central carbon atom forms o and = bonds through hybridization.
il. Canpropanone make a hydrogen band with water when both are Intermixed?

Ans. (i)

o”
apt L gt
2 0¥ ~Cray
Ho%r 1H
H H

(i} Acetone can form hydroge n'bonds with water due to its polar carbonyl (C=0) group.

ol
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1. Structure of Acetone: The owygen (O) in the C=0 group It highly electranegative, creating a partial
negative charge (5°), while the carbon carries a partial positive charge (6°).

7. Hydrogen Bonding: Water (H,0) acts a3 ahydrogen bond doner (M), and acetone’s OF actz as
an acceplor, forming:

H=0=H~0O=C

3, No H-Bond Donatlon frem Acetone: Acetone lacks H bonded directly 1o O/N/F (unlike alechals), so

It eannot donate H-bonds, anly accept them.,

T predict the shapes of sulfate ([SO.™), borate ((BH.I") and tri-lodide lons ([1i]') according to the VSEPR model.
- 2 l.lsEFﬂ {'J'.IIEI‘ICH Shell Electron Palr H!Fuhrml model:
1, Sulphate lon [S04]™
» Central atem: Sulphur (5}
= Valence electrans: 6 (fram 5) + 4 » 6
{from O} + 2 (charge) = 32 elecirons
= Electron palrs around 5: 4 bonding pairs
{no lone palrs on 5) [no lane pairs)
= Electron geometry: Tetrahedral = Electron geometry: Tetrahedral
= Molecular shape: Tetrahedral = Molecular shape: Tetrahedral
= Bond angles: 102.5° * Bond angles: 109 5%
3, Triledide lon L]~
# Central atom: lodine {I)
= Valence electrons: 3 % 7 =21 +1 [charge) = 22 elecirons
» Electron palrs on central I: 2 bonding pairs [with outer | atoms), 2 lone pairs
= Electron geometry: Trigonal bipyramidal (based on § reglons of electran density)
= Molecular shape: Linear (3 lone pairs cccupy equatorial positions)
# Bond angle: 180~

2. Borohydride lon [BHJ"
* Central atom: Boron (B)
= Valence electrons: 3 (fram B) = 4 = 1 [from
H}+ 1 [charge) = B electrans
® Electron palrs around B: 4 bonding pairs

lon Electron Geometry | Molecular Shape | Bond Angle
[504)" | Tetrahedral Tetrahedral 109.5"
[BHL]" | Tetrahedral Tetrahedral 109.5°
[1a]” Trigonal bipyramidal | Linear 120"

sketch the molecular orbltal pletures of n{2p) and n*(2p).

TR
09— S

h. Sketch the hybrid orbitals and bond formation in PCL, SICL and NH.'.

H)

R, PCL SicLy
Fermulaz PCL, CL
Hybridimton: sp' |
Bond angle: 109.5° Si
Geometry: Tetrahedral _i_
Shape: Trigenal pyramidal T cL cL CL
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NH;
Farmula: NH, (1)
Hybridizaton: sp'
Bond angle: 109 5 ()

Geometry: Tetrahedral (+] o
Shape: Tetrahedreal Y

I The structures of PFy and SIF, are glven below, Redraw these with partlal charges and :h!:m

polar and which Is non-palar.

P £
F|™~F __sI—F
F &3

k. Draw the Lewis structures and tell whether these [ons Involve expanded octets?

i} cio; iy 1ee; 1) NH; W5
e ———— e
Ans. clo; Ice; NH; I
=h': 3 HaH N H + L
eelreeBr| | FCO—T=Ck B R e
- s s ! LRl L 1 = -
"': !.' :E:.i . H

I.  The bond between K and CLis lonic but that between Sl and CLis polar covalent. Explain why?

Anz. The difference in bonding between K-CL [ionic bond) and 5i-CL [polar covalent bond) can be explalned based
on the electronegativity difference between the atomsirvoheed and thelr positions in the periodic table.
1. K-CL{lonlcBond):
*  Potassium (K) is a melal in Graup 1 of the periodic table, and it has a low electronegativity (0.52),
* Chlorine [CL} is a non-metal In Group 17 and has a high electronegativity (3.15),
* Electronegativity difference: 3.16-0.82=2.34

sCHOLAR 2 CHEMISTRY (11") a7
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When the electronegativity dilference is large (usually greater than 1.7], one atom (in this case, K|
will lose an electron to become a positively charged lon (K*), while the ather atom (CL) will gain the
electron 1o become a negatively charged lon (CL). This creates an lonic bond where the
slectrostatic attraction between the eppositely charged lons holds them together

K-CL: Large electronegalivity difference —» lonic bond [electron transier)

7. Skct{Palar Covalent Bond):

-

Silicon (51) Is @ metallobd with an electronegativity of 1.90.

Chilgrine {CL), has an electronegativity of 3.16.

Electronegativity dilference; 3,16 -1.90= 1,26

When the electronegativity difference is moderate {between 04 and 1.7), the electrans are
not completely transferred as in lonic bonds, but instead, they are shared unequally between
the two aloms.

In this case, chiorine altracts the shared electron palr more strangly than silicon, ereating a polar
covalent bond The CL atom becomes partlally negative {6°), and the Si alom becomes partially
pasitive {6°). The bond is polar because of the unequal sharing of electrons.

SI-CL: Moderate elecironegativity difference =+ Polar covalent bond (unequal eleciron sharing)

m. S50:lsa

polar molecule but 50y not. Justify.

Ans. The difference in polarity between 50, (Sulphur dioxlde) and 50, (Sulphur trioxide) can be explained by the
malecular geomelry and symmelry of the molecules.
1. 50;(Sulphur Dloxide) = Palar:

50,

Is Bent or V-shaped (due to sp® hybridizatlon of the central Sulphur atem) 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 @ benl 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 dipales do not cancel each ether out, resulting in a net dipole moment, making 50; a
polar molecule.

2. 50, (Sulphur Trioxide) = Nonpolar:
50, is Trigonal planar (due to sp® hybridization of the
central Sulphur atom). The bond angles between the 0
oxygen aloms are exactly 120% forming a flat, 1 120°
symmelric structure. The Sulphur atom in 50y has no (3 3
lone pairs. The molecule is highly symmetric, with the ..-_;:-""' M‘m /f.ﬁ_ﬁ
three oxygen atoms arranged symmetrically around the o o ;...mm':"
central Sulphur atom, and the bond dipoles in each C=0 Shapes of multiply bonded

d cancel each other out. This results in ne net dipole

mament, making 50, a nonpolar molecule,

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

Ans. 1) ,n";

o'}

Bond order ='§;!= 2 =3

There are three bonds between to 0" lans in 0
b

It Is diamagnetic because there are no unpaired electrons
In-antibonding molecular crbitals

= 1¢, 257, 2p,, 2p;, 2p;

22
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W o7
07 =1¢%, 28, 2pl, 2p}, 2p;

E-6 2
Bond order = 2 =1g1

Only one bond between two 07 lons in 073,

When 07 Is formed, then two more electrons are added in
n*2p, and 7*2p,. These orbitals are filled and have palred
electrons now, Thus the specie Is diamagnetic.

&

o.  Which of the followlng bonds would be most polar?
jc-cL nsi=F
Ans,
(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 2
* A polar covalent bond is formed when the electranegativity difference is between 0.4 and 17, g |
the difference between C and CLis 0.61, the bond Is polar covalent.

) Se~F

(i) si=F
= The Si-F (sillcon—Muering) bond is highly polar due to the large difference in electronegativity betys,
the two atoms:

= Electronegativity of Si (Silicon) = 1.90
* Electronegativity of F [Fluarine) = 3.98
* Difference =398-1.50=2.08

* Reasom: A greater electronegativity difference between two bonded atoms means that the bong
electrons are more strongly attracted to the more electronegative atom (In this case, fuosiy
resulting in a highty polarized bond.

=  This large difference gives the Si-F bond a significant dipale moment, with fluorine becoming par;
negative (5°) and silicon partially positive (5°).

= Conclusion: 5i=F is a highly polar bond, and if compared with most commaon bonds, it would indesd
one of the most polar due to the extreme electronegativity of Muorine.

(i) Se=F

= To determing whether the Se—F bond is polar, and how polar it Is, we look at the electronsgaint|
difference between the two atoms:

= Electronegativity values:
* e (Selenium)=2.55
* F(Flugring) =3.98

= Electronegativity difference: AEN=398-255=1.43

* Conclusion: Since the electronegativity difference is significant [1.43), the Se~F bond is polar covaled
In short: 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 kifmal (No. of shared electron: 1 each)
Bond energy of 0 =0 =458 k)fmal [Mo. of shared electron: 2 each)
There Is no stable triple bond between two axygen atoms {020) under normal conditions.
However, (Bond energy of C = C = 839 &)/maol {No. of shared electron: 2 each))

¥ 1
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Q.3 How the bonding in the following molecules can be explained with respect to valence bond theory?
(i) Cey (i) o, (i) N, {iv) HF {v) H,S

Ans, See Page No. (73)

DESCRIPTIVE QUESTIONS

‘@4 What are the postulates of VSEPR model? Discuss the structures of the following species with reference
to this theory. :
{1} CH,
Ans. See Page No. (78)
Q.5 Explaln the orbital hybridization for CH, ,NH,,BF, , and BeC#,.

(11} NH, (i) Hy0* (v} PCey {v) s0, (vl 5F,

Ans. See Page No. [76)

Q.6 Draw the molecular orbital diagrams of the following molecules. Caleulate thelr bond orders?

{1} H, (1) He, (1) N, {iv) Oy

Ans. See Page No. [B8)

0.7 Discuss the formation of Fx molecule in the light of Lewis concept, VBT, and MOT.
Ans. Fzinthe light of Lewls concept;

se mE
FLF;
L K

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

I i
oF =1, 2¢%, 20, 2y, 20

ar
C@ + @ —— Ol
F F F—F
2p orbilal 2p orbital Owerlap creales
of Nuorine of fluorine F—F o bond

Figure: The formation of the fluorine molecule
Fluorine molecule (Fi) w.r.t MOT:
. Electronic configuration of Fluorine = 15, 25, 2p«?, 2py*, 2p1°
» The following diagram represents the molecular orbitals of fluarine molecule.
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LI oey = gy

Bond order =

Energy

aflal i
Molecular orbitals energy level diagram of Fz
F; = (ols){a"® 15}’{‘31 s}{a" m:Iﬂanl'[ﬂlFﬂt = (a2 P‘JFIT‘ . EF']I = (2*2 P.]:

10-58 L1
2, =)

ADDITIONAL SLOs BASED MCQs

1. Which atem donates a lone pair in the formation of a dative bond In Hy0'?

Al One of the hydrogen atoms

C) A proten D) Water molecule
2. Which ion has an expanded octet around the central atom?
A} NH,* B) NOy~ c) 5o D) oH*
3.  Which of the following pairs will form a covalent bond?
A) Naand CL B) KandF CjHandCL D)Mgand O
4, 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 palarity and molecular shape
5. The bend angle in a trigonal planar molecule 5
A) 50 B) 104.5* ) 109.5° D) 1207
6. Valence bend theory explains:
A lonic band formation B} Molecular shapes
C) Bond formation through orhital overlap D) Electron transfer
7. Whatis the shape of the ammonlum lon (NHL")?
A) Linear B) Trigonal pyramidal €} Tetrahedral D) Bent
8.  Which hybridization is present in methane [CHa)?
A) sp B) sp* C}sp’ D) sp'd
9. Inethene (CiHa), the carbon atoms are:
A) sp hybridized B) sp® hybridized €} sp" hybridized D) Unhybridized
10. Whatis the bond angle in a molecule with sp’hybridization?
Al 1207 B) 109.5° - C) 180" D) 90°
11. ‘Which of the following supports paramagnetism fn oxygen (047
A) Bond length B) Lone pairs
C) Unpaired electrons in antibonding orbitals D) Resonance
12. Which orbital in Oy contalns unpaired electrons?
A) oi2s) B) o{2pz) Cn*(2pjandn(2py) D) nmiZpy) ‘

6] The oxygen alom

ST
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13. Electronegativity values are useful to predict:
A) Number of prolons  B) Bond lengths C) Bond polanty 0] Boiling paint
14. Which factor Increases the electronegativity of an element?
A) Increased atomic stze 8) Greater shielding effect
C) Higher nuclear charge D) More electron shells
15. Which element has lower electronegativity due to shlelding?
AVF Bjo ClLi DjCs
Aunswer Key ivith Explanations
Sr.No. 1 Option Explanations

1. B Oxygen donates a lone pair 1o a protan (H*} in Hy0",

i c Sulphur in S04 exceeds the octel due to availzble d orbitals.

3. c 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. [ Valence bond theory describes covalent bonding as arbital overlap.

- c MH4® has 4 bonding pairs —» letrahedral thape.

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

q, 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 Oy's Paramagnetism due Lo unpaired electrons in m* arbitals.
12. C n*(2px) and n*(2py) each have one unpaired electron in Oy,

13, c | Thedifference in electronegativity between atoms determines bond polanty.
14. c Higher nuclear charge attracts bonding electrons mare strongly.

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

ADDITIONAL SHORT ANSWER QUESTIONS

Q.1 Define lonic band 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.”
14 group form lonlc bond with VIlA
1A Vila
L F1
Na* it
K art
Rb* | It

0.2 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 AHfecting Bond Encrgy:

Bond energy i a measure of the strength of a bond The strengthofa bond depends upon the Iu1lnw|ng fa“-ﬂ-l‘;

l. Electronegativity Difference of Bonded Atoms: Greater the electronegativity difference of hﬂnu“
atem, more will be the polanty of bond and higher will be its bond energy.

il. Sizes of the Atoms: Bond energy decreases with increase in the atomic radil

Bond Bond Energy (kimel )
H=F 567
H=Cl 431
H=Br 1566
H=1 199

lil. Bond Length: The bonds with higher bond energy values have sharter bond lengths. The bond eneyy,
of € 1o € bonds being in the order €= €>C=C>C~C Their bond lengths are in the reverse orge, le
C-C>C=C>C=C

iv. _Bond Polanity: Generally, a polar covalent bond is stronger than a non-polar covalent bond.

How da you compare the bond strengths of polar and nen-polar molecules?

Ans.

Pelar and Non-Polar Molecules and Thelr Strength:

In polanty bonded atoms in molecules have partlal positive and partial negative centres becaysy o
difference of electronegativity. Additional attractive force is created between bonded atoms due 1o dipals
formation. As a result bond Is stronger than it is expected.
Example: Bond energy (Caleulated) for H-CL= 336 kifmol™
Bond energy lobserved) lor H-CL = 432 kfmal™
Difference in Bond energy = Bond energy (observed) - Bond energy (calculated)
Difference in Bond energy = 432 — 336 = 96 kI mol™
Difference in Bond energy is created due to extra strength of polar bondfionic character of molecule,
On the other hand, no dipole formation occurs in non-polar molecule, so bond is comparatively weagg,
e.g., bond energy of CL-CL = 242 kJ mol™'.
Hence, we conclude that a polar bond Is stronger than non-polar bond due to lonic character present in jt,

0.4

——

Differentiate between co-ordinate covalent bond and covalent bond.
Ans. Differences between Co-ordinate Covalent Bond and Covalent Bond: i
Covalent Bond Coordlnate Covalent Bond ===y
(i) The bond which is formed by the mutual | (I A coordinate covalent bond is formed between |
sharing of electrons between two aloms s two atoms when the shared pair of electrons s
called as covalent bond. donated by one of the bonded atoms,
{ii) Single covalent bond is represented by a {li) Coordinate covalent bond Is represented by an |
single line, double covalent bond by two arrow pointing from“the donor atom ta the
lines and triple covalent bond by tree lines. aeceplor atom. i
Example; Example;
H*sH=sH=H H. .E H F
e R o H—N:+ B—F = H-—Tj\la-:-—hllis-—F
LU= 3L, = C-CL I
R F H F

sCHOLAR 3 CHEMISTRY (11") o

a6 Why are the bond angles of H;O and NH, not equal to 109.5° like that of CHa although oxygen and
nltrogen atoms are Sp* hybridized?

mﬂurdmg to VSEPR theory, the shape of a molecule is decided on the basis of repulsions between of lone
pairs and bond pairs around the central atom. Although N and O are sp' hybridized yet they differ in
bonding from C compounds with sp” hybridization according to VSEPR theory
The descriptian af these malecules is as follows

Propertles CHs NH; H;0
Type of molecule Al Al Ay
Ho. of bond pairs a 3 2
[ No. of lone pairs 1] 1 2
Shape of molecule Tetrahedral Pyramidal Angular
gond angle 109.5° 107.5° 104
peason of dilfference | Structure is regular | Structure 15 distorted due to | Here due to two lone
due to only bond lone pair as Lone pair-Bond | pairs, Llone pair-Lone
pair-bond pair pair repulsion effects more | pair has a greater effect
repulsions than Bond pair-Bond pair | 5o angle i3  further
repulsions to bond angle s | reduced to 104°
reduced
‘@7 Predict the shapes of followlng molecules according to VSEPR theary
(1) Hs5 (1) HyO (lil) BeCl;
Ans.
Electron Palrs Arrangement of
Sh
Maolecule T S L Type Pairs Geometry ape
HiS g |27 2 AB Tetrahedral DEnEOE S
angular HA')\ H
.E.
Bentor
4 2 bt
H;0 2 AB, Tetrahedral il / e
M H
BeCly 5 |~ 0 AB Linear Linear N7
¢ iz CH=Be—CI

0.8 Why does lone pairof electrons occupy more space as compared to bond pair?

Ans. A bonding electron pair is attracted by both nuclei of atoms while non-bonding by only one ci
nucleus, Because & lone pair experiences less nuclear attraction, its electronic charge is
spread out more In space than that for bonding pair. As a result, the nen-bonding electran
palrs exert greater repulsive forces on bonding electron palrs and thus tend 1o compress
the bond pairs, That is why the electron palrs of lone pairs occupy more space than the bond pairs.

1707

(e

ci LFaci

09 Write two points of Valence Bond theory.

a.s

What is baslz assumplion of VSEPR theory?

Ans. The Bazle Assumption of VSEPR Theory:

The valence electron pairs {lone pairs and the bond pairs) are arranged around the central atom to remain
at a maximum distance apart (o keep repulsions ata minimum.

[Mote: This way of arrangement of electron pairs ghves minimum energy and maximum stability to the
molecules)

Ans. Points of Valence Bond Theory
(I} A band between two atoms s formed by the overlap of half-filled orbitals of twe \(-_L-"’
atoms. The two overlapping atomic orbitals retain thelr identities /ﬂ ﬂ'\
(i1} The two overlapping orbitals must have electrens of opposite spin.
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0,13 Differentiate between a Sigma and Fl bond.
“ans. Differences between a Sigma and Pl Bond:

Q10 Explain the structure of CHy on the basls of sp* hybridizatien.
Ans, Hybridization:

“The process of mixing of atomic orbitals having different shapes and
energies to form hybrid orbitals with same shape and almost same enefgy 1s sl Slgma bond (o) Pl bond (x)
called Hybridization®, {I} | Sigma bond Is formed by linear or head to | Pi bond s formed by parallel or side to side
Types: 1. 3p' = hybridization head overlapping of partially filled orbitals overlap of atomic orbitals.
;- sp! “hl;\lr’h:l:ldlﬂ;finn {il} | Representation of sigma bond is ‘o’ Representation of PI bonds is 7.
. Sp— ridizatlon :
Structure of CHy: Methane molecule is formed by the overlap of sp? hybrd (i EIT:lhmnlt Chat?tdemlwrg present on bond :lerclrn:lc :harge :I:ansl':‘r :j :Irresenl above and
oroitals of carbon with 13 orbitals of four hydrogen aloms ;fpan:ll',r to form axis between the lwo nuclei, elow bond axis of two nuclel.
four sigma bonds, The molecule thus formed, possesses a tetrahedral (iv) | Charge density of o-bond is comparatively less | Charge density of o bond is more diffused due
geometry. The four C-H bonds which result from sp-s overlaps are directed e diffused than = and due to stronger nuclear | to lesser nuclear attraction.
towards the corners of a regular tetrahedron. The tetrahedral steucture o spiciure of O, mﬂ:::lh attraction.
CHa has four faces, four corners, six edges and sl bond angles of 109.5% (v) | Sigma bond is stronger.  Bond & ieaker.
Q.11 Draw molecular orbital plcture of Ny molecule and also calculate Its bond order, {vl) | o-bond is comparatively inert. n bond Is comparatively reactive.
—_—
Ans. Molecular Orbital Picture of Ny Molecule: [vil} | Bonded atams always form o-bond firstly and | n-bond formation is preceded by o-bond
The molecular orbital structure of N; mureu.liesli :Ig’lirn then n-bond if necessary. formation.
(vill) | Examples: H-H oo
a-bond "

0,14 Define dipole moment and write the units of dipale mement.
Ans. The product of electric charge (g) and the distance between Lhe positive and negative centers (r] is called
dipole mament.

e
p=gxr

Units:
vl )
"“ﬁﬁ,mﬁ'.:mm i ()The common unit of dipale moment is Debye (D).
Since no unpaired electron is present in MOs so Ny molecule shows diamagnetic bebaviour, (1) In 5.1 the units of dipole moment are mC.
Bond Order: . Relationship between Debye [D) and mC: 1D =3.336 x 107° mC
No. of electrons in BMO = No. of electrons in ABMD  6—
Bond order = - e 3 0.15 Define bond length. Give two factors affecting bond length.

S0, the bond order of nitrogen is 3. Ans. Bond Length: “The distance between the nuclel of two atoms forming a covalent bond i called the bond length ™
Factors Affecting Bond Length
Q.12 Differentiate between Bonding and Antibonding Molecular Orhitals. | Electronegatiyity Difference: With an Increase In electronegativity difference between the bors..
Ans. Differences between Bonding and Antibonding Molecular Orbitals: atoms, the bond becomes shortened.
Bonding Molecular Orbital (BMO) Antl-Bending Molecular Orbltal (ABMO) Case = li; e.g. 5I-F bond length In 5iFs Is found to be 154-159 pm, whereas the addition of their
it is formed by the addition overlapping | it s formed by the sublraction overiapping covalent radil (51 = 117pm and F = 64 pm) give 51-F bond length Lo be equal ta 181 pm. The calculated
(constructive interference) of atomic orbltals, {destructive interference) of atomic orbitals. values are almost always higher due to electronegativity differences. The ionic character results in

N 7 T shortening of the bond length due 1o force of atlraction belween the polar ends.
e functian () of a BMOQ Is given by The wave function{iy) of an ABMO s given by Il. Hybridizatlon: Hybridization scheme Involved, also explains the shortening of bonds due to the
Wewo = Wa + Yo Waian = Ya — Yy

predominant participation of s-orbitals. Since the Zs-orbital of carbon has smaller mean radius than
lis foermation takes place when the lobes of the Zp-orbitals, it would be expected that greater the s character in the hybrid orbitals used, the

atomic orbital have same sign. shorter will be the bond distance.

Its formation takes place when the lobes of atomic

arbital have different sign.

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

The energy In AB.M.O Is higher than that of parent
atomle orbitals.

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

The electron density Is lower In the reglon between
the nudlel of the bonded atom.

Every electron in BMO contributes toward the
atlractive lorces.

Every electron In AB.M.O. contributes toward the
repulsive forces

&g, Sigma (o) and Pi (n) in BMO.

2.8, Sigma (o) and Pi (') In A.B.M.O.

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