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SLOuT After romu\e‘mq THiY Ie:u'm, the mu!eﬂtwﬂl bi able to:

\.

. Explain valence bond theory.
. Explain the importance of VSEPR theory in the field of drug design by discussing how the shape and

. Explain the salient features of molecular orbital theory.

GATIVITY 5“‘ power of an atom to attract electmns to itself.

rs infllencing the electonegativities of elements in terms of nuclear charge, shielding
and subshells,

lain the trends in electronegativity across a period and down a group of the periodic table. ,

Use the differences in Pauling electronegativity values to predict the formation of ionic and covalent |

bonds. |

Describe covalent bonding in molecules using the concept of hybridization to describe sp, spZ, and sp3
orbitals.

Use bond energy values and the concept of bond length to compare the reactivity of covalent
molecules.

Describe the shapes and bond angles in molecules using YSEPR theory (including describing sketching).
Predict the shapes, and bond angles in molecules and ions.

Explain hybridization and types of hybridization.

bond angles of the molecules help chemist predict their interactions in'the body.

13. Explain the paramagnetic nature of oxygen molecule in the light of MOT.

14. Calculate bond order of Nz, Oy, F2, and He \ i«(\\/(‘\\.\

15. Describe the types of Van der Waals' forces. EFANEONE

16. Describe hydrogen bonding limited to molecules, imlud‘lni a and water.> |
17. Usetheconceptufhvdmenbondlmtdmp n rties of water.

18. Use the concept of eggc:mnega:my ,Erex agwrliy‘ and dipole moments of molecules.

19. State that, in ger@al \i \& : ing are stronger than intermolecular forces.

Il}. Recognize that mgleou [ ions can have expanded octets e.g. sulphate and nitrate.

Malﬁ ;ju\\r Epoh\ gf‘daﬁve bond in €0, ozone and H;0+ ion (resonance structures are not
TP\ C )
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In this chapter, we will discuss how VSEPR theory, explalnsjhe\st\hp“es:nf lies We will also
discuss how shapes of molecules effect @Ie/polaﬁt}' in' a m\OIéctﬂe” Other theories such as
Valence Bond Theory an;tMnlecularOrb( meogy have also been discussed, which explain the
orbital overlapping and-] pﬁfﬂamasbetism -a molecule. These theories can also be used to
explam the cheqrﬁmnd phymcal properties of molecules.

\)
N 3.1 ELECTRONEGATIVITY

It is the power of a covalently bonded atom to attract shared pair of electrons towards itself in
a molecule.

It is a dimensionless property and has no unit because it is only a tendency. It basically indicates
the net result of the tendencies of atoms in different elements to attract the bond-forming
electron pairs. We measure electronegativity on several scales. The most commonly used scale
was designed by Linus Pauling.

3.1.1 Factors affecting Electronegativity.
Electronegativity depends upon the following factors.

* Size of atom W
- e \!

‘ ) ANE!
o Nuclear charge . S\K\j@ﬁ? @ o
@\@Qﬁ

» Screening by inner Tu

As the number of pmto ases, the nuclear charge increases. Hence the size of
atom decr a <the attractinn of bonded electrons with the nucleus to decreases,
resulting of electronegativity. When the number of inner shell electrons increases,
the distance between the nucleus and valence electrons increases. So, attraction of bonded
electron with the nucleus decreases causing decrease in electronegativity. Table 3.1 represents
electronegativity of elements in the periodic table.

Table 3.1: Electronegativity of elements in the periodic table

s |es| 78|09
U | e B |c|n|O|F
098 | 1.57 Pauling Electronegativity Values 204 | 255 | 3.04 | 344|308
" 13 {14 | 15 | 16 | 17
Na | Mg Alsp|s|a
003 | 1.31 161 | 190 | 2.19 | 2.58 | 3.10
w20 n [n 23 |24 |25 (26 |27 |28 |29 |30 | 3 | 32 | 33 [ 34 35
K [Ca  Sc (TN |V [C Mn|Fe [Co M [Cu |2Zn o« [\Ge As) \Se | Br |
082|100 136 | 1.54 | 163 | 166  1.55 183 |1.88 | 191 | 1.90 {165 | 1.57 298| 2.55 | 2.0 |
37 38 |39 40 [@ |2 43 (e (ea\ #9050 |51 | 52| 33
| S | ¥ | 2 (W | Mo Te | el n L | sn | 86| v |
082005 | 122 | 133 | 18218119 | 22 |\ 169 | 1.78 198 | 208 21 | 200
55 | 56 | 57 | n2 1\ 26177 78|79 [0 | & 62| 8 84| 8
Cs | Ba | La I Tos | w Pt Awi Mg TN PR Pem
0.79 | 089, Z3e | 19 | 22 {220| 228| 254| 200|162 | 233 | 202| 20 | 22
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3.1.2 Trend of Electronegativity in thePeﬁbdtcTabbe =

Electronegativity decreases from top to b@ttﬂm Jin graupﬁ, *I'here is an increase in the atomic
_number as we move dqwrj the' groﬂp\in\the modern periodic table. The nuclear charge also
increases but th effect uf the increase in nuclear charge is overcome by the addition of an
extra | u\ﬁr\wgése in shielding effect). The attraction of shared electrons with the nucleus
dei:{ Hence, the value of electronegativity decreases.

For example, in the halogen group as we move down the group from fluorine to astatine the
electronegativity value decreases, and it is shown in the figure 3.1.

AR AN \Hﬁm 3.1: Trend of Electronegativity of Halogen down the group.

Elec ronegatwity increases from left to right across a period. When we move from left to right
in periods effective nuclear charge increases. Shielding effect remains constant. Hence, the
size of atom decreases. The power of atoms to attract shared pair of electron increases.

For example, in the third period from sodium to chlorine the electronegativity value increases,
and it is shown in the figure 3.2.

Figure 3.2; Tl'end of Electronegativity of third period elements,

\|\
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- 3.1.3 Nature of Bend in terms of Pauhng Elec;mnegatmty VaIUEs

In ionic bonds, the differences in electronegativiw betwefen twa atoms is hlgher than 1.8. Polar-
covalent bonds have differences. 1neEctmn§th between 1.8 and 0.4. Nonpolar Covalent
bonds have differences in electmnegatimy 0.4 or lower. In case the electronegativity of
both atoms is the sanm,’ ﬂn& pair' of electrons will be shared equally.

Example 3 Q Cnnsider the following substances and determine their bond types.
(i) Oxygen molecule (0=0)
(ii)  Potassium Chloride (KCl)
(iii)  Hydrogen Chloride (HCl)

(i)  This molecule consists of two oxygen atoms. Oxygen has an electronegativity value of
3.44, So each atom in this molecule has an electronegativity of 3.44.

The difference in electronegativity is 0, which means that none of the two atoms in the
molecule pulls the electrons to itself more strongly than the other. This means that this
molecule has a covalent bond.

(i)  This compound has a potassium atom with an electronegatthf 0 uand a :;hlnnne
atom with an electronegativity of 3. 1& O\ “/-. \\\l ’ //, > \o e

There is a difference in electmnegativtty GEZ 34 @ﬂcksgmatér than 1.8, hence the bond will
be ionic. C ) \m \ poM o~

(iii) This mo Wﬁﬂs uf a hydrogen atom with an electronegativity of 2.20 and a
chln?ﬁﬁd }r ‘with an electronegativity of 3.16.

In this molecule, Chlorine is more electronegative than hydrogen. This means that Chlorine
pulls the electrons more closely to itself than the hydrogen atom. The difference between their
electronegativities is 0.96 which is between 1.8 and 0.4. Hence the bond will be Polar Covalent

Bond.
3.1.4 Covalent character in a compound

Covalent character in a molecule depends upon the polarising power of cation which in turn
depends on the oxidation state of cation. Higher the polarising power of cation, more will be
the covalent character. That is why when we move from left to right in periods covalent

character increases.

For example, Aluminium chloride is more covalent in nature as compared to_magnesium
chloride. In Aluminium chloride oxidation sate of aluminium atom is+3 wﬁlmn Magnesium
chloride oxidation state of magnesium is +2. $ecau:;e of\ hlgh mlarizmg power of Al, it can
polarise the anion causing electrons to\ be shareﬂ hetwae.'n theltwo ions. Hence, covalent

character will be developed m the compmmt;l\

\H\ U\“ N Jo



3.2 DIPOLE MOMENT

It is the product of the magnitude of posuwe nr negatiwe cha\*ges and the dlstance between
them. Mathematlcallwt can, bewﬁltergs
|\ "“=qr

Dipole Charge Separation
moment distance

_ﬁﬁcm¢x3a
wMW@U*

S| unit of dipole moment is debye.1 Debye is equal to 3.335 x 10-3° Cm.
(Cm is coulomb meter).

The difference between the electronegativity of two atoms in a compound determines the
overall dipole moment and overall polarity of the compound.

.I’ 'u

%

Hipete hinment han
hWﬂuﬂh:lI!l

Electronegacivlty difference between two atoms determines the bond polarity of the molecule.
Greater the electronegativity difference between two atoms, more will be the bond polar (more

jonic nature). But a small difference in electronegativity of two bnndecl )atumfwﬂll make bond

less polar or more covalent in nature. P \\\ [ ,'“//‘/ ’\/ S

3.3 EGMMNUQQRPMR COVALENT BOND

In polar covalent bond due‘ to'-electronegativity difference, one atom which is more

electro Wpo, ll attract shared electron to itself and bear partial negative charge and other
I%\m itive charge. Such molecules are called polar molecules. Polar molecules have

dipoles, electric charges of equal magnitude and opposite sign.

Symmetrical polyatomic molecules are non-polar molecules having shape of Linear, Trigonal
Planar and Tetrahedral. In these molecules dipole of bond exerts equal and opposite effects

and hence cancels the charges. Non-polar molecules havé no overall charge. Following diagram
represents dipole moment of Carbon dioxide molecule.
” - + 4 -

= e =
L] La ]
Mg = BT D HT 0

Net dipole 07w
moment ".“u’ =07-07 0

Due to electronegativity difference between Carbon and Oxygen C=0 bond in (:O'1 is polar, but
CO, is nonpolar because dipole gets canceled with each other. ~N P

Concept Assessment Exer;ise?. j LN \ [(lo

1. Are the fntlomngmclecutespulaco@m pelar? Tn each case give a reason for your answer.
{Electronegatiwtyvalues F=4.0,Cl=3.0,Br=2.38, $=2.5,C=25H=2.1)

NI
a. Eh &ﬁné Cl1 b Hydrogen fluoride, HF  c. The V-shaped molecule, sulfur dichloride,
SCl; d. The tetrahedral molecule, chloromethane, CH,Cl

@. The tetrahedral molecule tetrabromomethane, CBr,.
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3.4 BOND ENERGY (BOND ENTHALPY) S
Energy which is required to break the bmd of, the* sama type 1n one mole of a substance is
known as bond energy. Its. lmit meol ‘*\Bqnd energy depends upon the following factors:

}vity differ#.-nce between two bonded atoms

(i) Electro Nl
(i) 6tk of atom
(iii)) Bond order

(iv)  Bond length

The greater the electronegativity difference between two bonded atoms, the more polar will
be the bond and the greater will be the bond energy.

(<=

Table 3.2: Following table represents the bond energy of hydrogen halide (Hydride of group Vil).

| Bond Bond Energy (kJmol') | Electronegativity difference between bonded atoms
H-F 562 1.8 ]

H-Cl | 431 0.9 | A

H-Br 366 0.7 1) (Clo)juueT

H-I 299 040

AW

From the above data we éacnctufe thai; grﬁt&r thej

electrnnegatwity f nce, higher ‘will be the
value of JM }Dr example HF has greater

value of energy Figure 3.3 represents bond
enthaply of HX from HF to HI.

Figure 3.3: Bon enthalpy of Hydrogen
halide from HF to HI

Bond Length:
Bond length is the distance between the nuclei of two covalently bonded atoms. It is measured

in A° or picometer (Pm). 1pm = 107" m. Bond length depends upon the size of atom. Smaller

the size of atoms, the greater the bond energy due to shorter bond length.
Bond energy of H-H is 436 kJmol™ and that of H-Br is 366 kimol . It is due to-the shurher bond

length of hydrogen molecule compared to HBr (Size of Brﬁ grea%ér that hydrogen).
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[Bond Bond Energy {k..llml‘} \Bnnq lengm{pm)
F-F 158~ WLV L\ \ | 149 —

O o0 N\ 799

Br—Br S\R\Y \\M193— 228

,1—A|‘ ““ ' 151 266

J’ “\"Y

The atomic radius increases from fluorine to iodine. Bond energy decreases from chlorine to
iodine molecule, but fluorine molecule has lower value of bond energy than chlorine, It is
because of the smaller size of fluorine atoms that their lone pairs repel each other, hence less

amount of energy is required to break the bond between fluorine atoms.

Bond energy is also used to predict the reactivity of covalent molecules. Greater the bond
energy stronger will be the bond and that molecule will be stable and less reactive. For
example, In alkyl halides, alkyl fluorides are less reactive than alkyl chlorides (as bond energy
of C-F is greater than C-Cl). Trend of bond length and bond energy of halogen is shown in the

following diagram.
A
Bond

Length
in X2

N

Figure 3.4: (a) Bond length of Halogen from Cl; to I, (b) Bond enthalpy of Halogen from F; to I, 3

Valence Shell Electron Pair Repulsion Theory
This theory is used to determine the shape and bond angle in the molecule.

As electrons are negatively charged particles, they repel each other when close together. So, a
pair of electrons in the bonds surrounding the central atom in a molecule will repel other
electron pairs. These repulsions between electron pairs force apart until the repulsive forces

are minimised.

The shape and bond angles of a covalently bonded molecule depends-on t}lemlmber of pairs of
electrons around each atom, whether these pairs are lone | palrs or bond{ﬂg pairs. Lone pairs of
electrons have a more concentrated" elettk‘on charge cloud than ‘bonding pairs of electrons.

Their cloud charges are wider and Shghtl closerto the nucleus of the central atom. This results
in a different amount of' repulsion be

N H“
’l N

3.5 SHAPES OF MOLECULES

“different types of electron pairs.
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The order of repulsion is lone pair-lone pair (most repulsmn) > lona\pafr’bondpa)ﬁ bnncl pair-
bond pair (least repulsion). I o ) {\\ \ .' (e

3.5.1 Shapes of Moleeule t:ontainmg tWa Eiectron Palrs
Those molecules where ptr’al atﬁm \is surrounded by two electron pairs and no lone pairs are
linear in shaple gmﬂ. ﬁic"angle

AX;. BGFI ”

The central atom, beryllium, contributes two valence electrons, and each hydrogen atom
contributes one, The Lewis electron structure is

: F—Be—F: ¢ —=@g=—«
In BeF, there are two electron pairs around the central beryllium atom. We' see from the above
figure that the arrangement that minimizes repulsions places the groups 180° apart.

3.5.2 Shapes of Molecule containing three Electron Pairs
Those molecules where central atom is surrounded by three electron pairs and no lone pair are

Trigonal in shape and angle will be 120°. . (,?\«C\\
] /d\. | \\ lJ
Three Bonding Pairs A Ara \Qf ,“@ (3\9&,
-\ O A \_ﬂ\ \ N \\ \ | -
\ r { \ / \\ \\‘ \ "\, > ,
AX, : BCl, /_,\\,‘ vZ\\ O\ SR\ Ry
O \ \r \ \ N

The central atom, boron, cahtnhutés‘» tbree valence electrons, and each chlorine atom
contributes seve J'I\N?Qq% Elactl'ans The Lewis electron structure and shape of BCl, is shown

below: M\

There are three electron pairs around the central atom. To minimize repulsions, the groups are
placed 120" apart and geometry is trigonal planar.

K%, 3 COF

In Carbonate ion, CO,*, the central atom,
carbon, has four valence electrons, and each
oxygen atom has six valence electrons. There )
are three bonding pairs arnund the carban

atom. The molecular geométry; ef cui \;g\ w
trigonal planar. [ B!

-\\J"'\}J N ANJAY

NN




Two Bonding Pairs and one Lone Pair A e (] _/ ;
AX,E: SO, W\ 700\

The central atom, sulfur, has 6 valence electrons, as does
each o en atom Tl'v,n?.l Lewis electron structure and shape
of SOz\WjWn in the right side.

There are three electron pairs around the central atom, two double bonds and one lone pair.
There are two bonding pairs and one lone pair, so the structure is designated as AX;E.

Because a lone pair occupies more space near the central atom than a bonding
pair. Thus, bonding pairs and lone pairs repel each other. In SO,, we have one BP-BP interaction
and two LP-BP interactions. Thus, the shape is bent or V shaped and the angle will be less than
120°. :

3.5.3 Shapes of Molecule containing four Electrnn Pairs
Four Bonding Pairs

AX, : CH, g ./}, [N
Those molecules where the central ;ahc?wts surrﬁunded Q four H")
‘electron pairs and no'tone. pairare té\tr@edrauﬁshape withbond  H
angle of 109.5°, For emmple, \InCH, carbon atom is surrounded

by four_ eﬁl{m\pﬁh which are bonding pairs.

Three bondmg Pairs and one Lone Pair

AXE: NH,
Those molecules where the central atom is surrounded by four

electron pairs, three bonding pairs and one lone pair are
Trigonal pyramidal in shape.

For example in ammonia, the central atom, nitrogen, has five
valence electrons and each hydrogen donates one valence
electron. In ammonia NH;, nitrogen atom is surrounded by four
electron pairs out of which three are bonding pairs and one
lone pair. With three bonding pairs and one lone pair, the structure is demgnated as AXE,

There are three nuclei and one lone pair, so the molequlqr geumetiy is tngonat pyramidal.

However, the H-N-H bond angles are les; than thé ideat angle '0f109.5° because of Lone Pair-
Bond Pair repulsions ‘ L) A




Two Bonding Pairs and Two Lone Pair T AR

AX;EZ H:O \ \ O\
Those molecules where the central atdm is surm}nded by fuur electron
pairs, two bonding pairs E q:lltwo lone'paifs are Bent in shape. With two
bonding pairs ar{d|ﬁwd I %e pairs, the structure is designated as AXE,
with a total of four electron pairs. Due to LP-LP, LP-BP, and BP-BP
interactions, we expect a significant deviation from idealized
tetrahedral angles. With two hydrogen atoms and two lone pairs of
electrons, the structure has significant.lone pair interactions. There are 10450
two nuclei about the central atom, so the molecular shape is bent, orV shaped, with an H-O-H
angle that is even less than the H-N-H angles in NH,, as we would expect because of the
presence of two lone pairs of electrons on the central atom rather than one.

3.5.4 Shapes of Molecule containing five Electron
Pairs

There are some cases in which the electrons around a central atom may  Cle#==
not have a noble gas configuration. Those molecules where central atom _ N\ 20N 'C
is surrounded by five electron pairs and no lone pair_are trigo \&l / o. \YC\[
bipyramidal in shape. For example, PCl; which ha#%w&bﬂndmg paim of|

electrons and no lone pairs. The) repulsiﬂnbe n the\etet‘tran palrs a

results in the most stable structure bemg a trigana bipyramid. Three of

the chlorine atoms m me ptane as the phosphorous atom. The LA ©
bond angles CIPCL! Eﬂ - this plane are 120°. Two of the chlorine atoms '

lie above and below this plane at 90° to it,

3.5.5 Shapes of Molecule containing six Electron Pairs

Those molecules where central atom is surrounded o
by six electron pairs and no lone pair are octahedral
in shape. All angles are 90°. Sulphur hexafluoride,
SFs, has twelve electrons around the central Sulphur
atom. We say that the Sulphur atom has an
‘expanded octet’.

3.5.6 Expanded Octet/Hypervalency

The octet rule applies well to atoms in the second row of the penodlc "fable/where a full
valence shell includes eight electrons with an electron: couflguratmn of $’p" ) Even elements in
the third and fourth row are known to follnw tms rule mmetim;esj but not always. In larger
atoms of 3" period onwards the talence shell cantq*ins additional subshells, d,f and g subshells.




Therefore, atoms of 39, 4™ ... period elements can have, higﬁer vatlem:é shelt counts by

"expanding” into these additional subshells. When «atumrmntam (more-than eight electrons in
their valence shell, they are said to! behypefvalent j'ms is-also called expanded octet. Figure
3.5 represents the molezular"fans“m&h t\xpandeﬂ octet.

W \“\*ng i :(lji: 1 [ :EI;-: )

cO=—=S=—=7=0: . N . — P

ot ot 0/,’/' \0. 0 _ ﬁ (]
:0: - - L 0

Figure 3.5: Indicates the ions with expanded octet.

Table 3.4: Shapes of Molecules

Summary of Shapes of Molecule(s ~ \\ T \
—t m/ | | U -
Number | Number of | Number \grran ﬁnt Ar ent Examples

of valence( bonding ,ﬂof lon ofC \ Uj* itals  Lof atoms / '
electrons | pairs of of\ \\ fj Angle

i ElECtI' L\.ﬂsﬁ pa]rs

[ 'Nﬁ 2 Linear | Linear 180°  BeCly, HCN, CO;

6 E 0 \ 3 » Triﬁbnal _} _ i‘rigonal B BF,, AlCL;, NO;"
planar planar 120°
oy e o3 | Bent118° snCl;
8 ! 4 0 4 Tetrahedral ’ Tetrahedral  CH,, SiCly, SO,
R I ~109.5¢ NHa1-
' 3 1 4 . Trigonal NH;, PCLy
| ‘ Pyramid | Cloy
| | 07°
| 4 | | Bent 104.5° H,0, H;S
10 5 0 5 Trigonal Tngunal PCls, Pls
bipyramid bipyramid
- _ . _ . 90° and 120°
12 6 0 6 Octahedral ﬂ QCtahedraV \
1 | e 1 N ." ( ’690"‘?f:3:,\;\‘_;7ii_/:, I

3.5.7 Working out the shapes of moIEcuies \

Add together the numher oﬂ#atence'\élﬁctmﬁ‘s frnm the central atom, and the number of
electrons contrihuteﬂ to horldlng bry surroundmg atoms. Include the ion charge if there is one,

Diwde%ln@ tuﬂal etectmns by 2. This gives the number of electron pairs distributed around the
central atom.



~ Example1 | __—Example2(C) 2\ -
Predict the Geometry of NH, — (] Predict the Geometry of NH,™
Valence electrons of nitrogen =5+ | |//\| \Valence electrons of nitrogen = 5
Electron from 3 chlorine atoms= 3" (\ || 1\ \| Electron from 4 hydrogen atoms = 4
Total number of electrqn;ﬁ f \\\ W\ | Etectron from molecular charge = 1+
Number of electr Rﬁirs& o~ Total number of electrons = 8
So, the electron pairs are arranged tetrahedrally. | Number of electron pairs = 4 So,
Number of atoms surround the central atom =3 | the electron pairs are arranged
Number of bonding pairs =3 tetrahedrally.
Number of lone pairs = 1 Number of atoms surround the central atom = 4

The molecule is trigonal pyramidal. Number of bonding pairs = 4
Number of lone pairs = 0

The molecule is tetrahedral.

3.9.8 importance of VSEPR Theory in the Field of Drug

By predicting molecular shapes and bond angles, VSEPR aids Medicinal chemists in
understanding how drug molecules interact in the body.

Shape and dimensions of the molecules being used as drugs also depends upon the length and
angles of the bonds between their atoms. Any change in bond angles affect the ove[al‘L}Qﬁhape
of m lecules thus affecting their binding ability or pemeability\tilnr\wglf{hgmbj@j;}iﬁﬁ target
cell. o N\antaN /el

Molecular Shape and Enzymatic Reactigns| \( () \\ L\ = L

Enzymes recognize and bind 0 drug sibstrates\based on their molecular shape. VSEPR helps
predict this 3D structure Hllew\ng desigrers to tailor molecules for optimal interaction with
enzyme actim@& rstanding the molecular geometry through VSEPR aids in creating
drug, with e ced substrate recognition, facilitating targeted interactions in enzymatic
reaction.

Enzyme-Substrate Interaction in Drug Design

Consider the interaction between a drug and the enzyme acetylcholinesterase in
neuropharmacology. VSEPR guides the design of drugs with shapes that fit precisely into the
enzyme's active site, enhancing efficacy and specificity.

Molecular Geometry in Drug Delivery Systems

VSEPR theory, which predicts molecular shapes and plays a vital role in designing effective drug
Carriers. Liposomes, spherical lipid-based vesicles, are extensively used as drug carriers due
to their biocompatibility and versatility. VSEPR informs the design of liposomal carriers by
predicting the optimal arrangement of electron pairs, influencing their three-dimensional
structure. For instance, tailoring liposomes into specific shapes, such as elongated or targeted
geometries, enhances their ability to navigate biological barriers and ef{j;jlen;,ly:ngtg{q’@;f@rugs

. . . (<~ (C\
to the desired tissues. ~ NN [ (0 \o2™

Now, imagine a drug molecule designed tnmtefactmthaspeciﬁc ehzyme The VSEPR-derived
geometry of this drug moleculé) needs to "'e”\é;dhsiigljekéd»~’tﬁ"énsuré optimal binding. If the

\ O\ ¢ \ \\

enzyme's active site has a pocket with a tetrahedral arrangement of binding sites, a drug with
a complemen;a_r\y.;\gfggf;l;;.gébrhétﬁ might fit more effectively.

Understanding! d&i&h‘a}’ geometry also helps scientists to understand the shapes of more
complex molecules such as proteins and DNA. The shapes of these molecules play incredibly
important roles in determining the jobs performed by these molecules in our bodies.



most effective anticancer agents 1.ro.r1d\¢.-lyr used in the trEatment uf thumnrs It is generally
considered as a cytotoxic drug which) kills c;ancér ce\llw by damaging DNA and inhibiting DNA
synthesis. Cisplatin- induced‘u Dhlﬁdamage\amvates “the various signaling pathways to prevent
or to promote cell deatrh \ L AL

NI
| Conceﬁt%z‘.ﬁessment Exercise 3.2

1. a Predict the shapes of the following molecules.
i tetrachloromethane, CC,
ii beryllium chloride, BeCl,
ii phosphorus (IIl) chloride.
b Draw dot-and-cross diagrams for the following molecules and then predict

their shapes:
i hydrogen sulphide, H,S
. ii phosphine, PH,.
2. a Draw a dot-and-cross diagram for a molecule of selenium hexafluoride, SeF,.

Predict the shape of selenium hexaflucride. J\?\,,
c Draw the shape of the phosphorus(V) chloride molegule\ ~(0)\\\

3.6 VALENCE BOND THEORY o

This theory was pmposettbgr Hejtler- and/ ,&an\ QL‘?and later developed by Pauling. It has
successfully explalned bond ~;erlergles bun ’gths and shapes of the covalent molecules.

According to w&l m:! Theory, covalent bonds are formed by the overlapping of partially
filled at&&ﬁs tal of one atom with a partially filled atomic orbital of the other. Their

identity was retained by the two overlapping atomic orbitals. The term overlap means that the
two orbitals share the same common region in space.

Main points of VBT

1. Abond between two atoms is formed by the ovirlap of half-filled atomic orbitals of two
atoms. These atomic orbitals retain their identity.

2. Electrons of overlapping orbitals have opposite spin.

3. The number of bonds formed is equal to the number of unpaired electrons present in
the outermost shell of the atom.

4, By the overlapping of two orbitals overlap, a single bond which is sigma bond is formed.
By the overlapping of additional orbitals, multiple bonds arg fannedfdauh[e and triple).

5. In order to form a bond, the uverlappipg orbitals must havéffhze same symmetry with
respect to the bond a‘xis —~\ VAL NS

\ Rk
“Aline Jmnlng the mﬂ:lei Df tWO banded atoms is called bond axis”.

6. NH ééleﬁsed by the overlapping of orbitals. The greater the overlap between the
nrbltals, the greater is the energy released and the stronger will be the bond formed.



« Sigma I:ntl'ndj(a)J \ J ‘
« PiBond|(t) A
Sigma Bond

When there is a single bond between two atoms, the bond will be sigma bond. Sigma bond is

formed by the head on overlapping of atomic orbital.It is formed between s-s, s-px, s-py, s-pz,
px-px overlap.

Q Q@

s-orbital s-orbital s-5 sigma bond

\J \J | O ‘L \ -_J\ ) s
N
\pg’ p-orbital o

Figure 3.6: Fn;'maﬂon of sigma bond due to (a) The s-s overlap (b) the s-p overlap
{(c) The p-p overlap.

Pi Bond
Pi bond is formed by the parallel overlapping of P orbitals. (Between Py—Py and Pz—Pz )
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When there is double bond between two atoms, ane should b&;ign)a and me oﬂlar should be
Pi bond. Whentheremtnplebondbetwemmawrns, Weiim'tésiwnamdtwohbmﬂs

Carbhon-carbon pi bond

Nt

"--:..C o »
=0 0™ 1
Cunbonrcanbon, sigma, bond

Figure 3.8: Structure of Ethene

Strength of Sigma and Pi Bond

Sigma bond is stronger than Pi bond because in sigma bond electron density is in between the
line joining the two nuclei while in pi bond electron density is above and below the plane.
Hence it is more diffuse bond and less amount of energy is required to break this bond.

3.6.1 Applications of Valence Bond Theory N\ o /\(?‘ﬁg
<2\ (C \J) U=
Single Bond Formation N\ s \‘,“.C‘.\ ‘\s' [(elo N2

\ \ (‘\ “. \
a)  Formation of &Mglecma v \\ \ \/’ﬁ -

Electron cunflgurat' Df hydmgen ‘atom is 1s'. Each half- filled s orbttal of hydrogen atoms
owﬁ ond where electron density is in between the line joining the two nuclei
is a sigma (o) bond.

PR —
Tl Q Q O
1 _! = . ——————
'H_i | -+
i 1s
1H =i i 1s orbital of 1s orbltal of Dvariap craatas
LR |

hydrogen hydrogen H—H o bond
Figure 3.9: Orbital Diagram of H, Molecule j

b) Formation of F, Molecule
The electronic configuration of fluorine is 1s? 2s? 2p®. Half-filled 2pz orbital of each fluorine
atom head on overlap to form F-F bond which is sigma bond.

Fluorine @ HIE - -

o\ ¥ 2“"-‘ ‘}—

F—F
Overlap creatas
F—F o bond
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J ' N Hydrogen

In the formation of HF molecule, the half-filled 1s orbital of H atom overlaps with the half-
filled 2p: orbital of F to form H-F ¢ bond.

@ +D@—-@©

1a nr'bltﬂl 2p orblml Dvurlr;:':nntun
of hydrogen of fluorine H—F o bond
Figure 3.11: Orbital Diagram of H-F Molecule
i [1 Wi l_‘.’ .\ﬁ"l‘!'..'.“.,i.'i'_

In Oxygen molecule, each oxygen atom contains two half-filled 2py and 2pz orbltaﬁsgaccarding
to Valence Bond Theory two bonds are formed. One due to he ’Erl h#ﬂf filled p
orbitals which is sigma bond and the other ndj fQAL i&l rﬁll\éP o‘ferlap of half-filled

'an.o 'atom and orbital overlapping

p orbitals which is pi bond. E[ectromti\ l@
in 0, molecule is shown @(igu \ (ll

\ ‘ ‘ \ )
~\ | //\(\J | (\\ \ -
WL -

amonsn [11][11] []T]1
18 | 2p
m—— T TR

" Figure 3.12; Formation of @ and bonds in O; Molecule

IATa 1o Hat

Nitrogen molecule contains two nitrogen atoms. Each nitrogen atom contains three half-filled
p orbitals. According to VBT three bonds are formed. Half-filled 2px orbitals of nitrogen atoms
head on overlap with each other and sigma bond is formed, while half-filled orbitals of 2py and
2pz of each nitrogen atom parallel overlap with each other so two plhands are. ft?ﬂ'ned Hence

"&

triple bond is formed between two n!trngen atnms N N 75\ ‘:j:\}__;,‘\z;f
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The electronic configuration of N atom and orbltal nverlagpmg/m ml;rogeﬁ malecule is shown
figure 3.13. A O AN N '

Flgure 3.13; Drbltal Diam'am of N; H.ulecule

3.7 HYBRIDIZATION

Hybridization is the concept of mixing of atomic orbitals of differenténergm ‘and different

shapes to produce a new set of orbitals ,q)f the sameenérm\es\én{ ﬁm@%l’fape called new hybrid
orbitals and this process is known, as hy%ridtzaﬁom WY

[

During the process Bf hybridlzat;bn\\he electruns which are present in the ground state

structure are Woted o 'the excited state due to which number of unpaired electrons

incr &/ ich is required for the excitation of electron is compensated by the amount
\,

of energy which is released during the bond formation. There is number of types of hybridization

depending upon the nature of different atomic orbitals i.e s, p d and f. Hybrid orbitals are very

useful in the explanation of molecular geometry and atomic bonding properties.

Types of Hybridization

There are many types of hybridization.

For example, sp, sp?, sp®, dsp?, dsp’, d’sp®, d’sp® hybridization. We will discuss only three types
of hybridization.

sp Hybridization

Intermixing of one s and one p orbital of different energies and different shapes to produce two
new sets of hybrid orbitals of the same energies and same shapes is known as. sp hybridization.

sp-hybridized orbital has 50% s-character and 50% p- o:haractf.-r\ The spmifbrid 'orbitals can form
only sigma bonds by overlappmg ‘Mth other atomic mﬁtais [ (EA0
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Examples of sp Hybridization )

1. Beryllium Chlonde @BeClz) \/7 Y\ -
The electronic conﬁguratmn* uf Be m gr@d-'state is 15’ 2s%. Since there are no unpaired

electrons, it underzogf\ﬂ(citatimbypromotlng one of its 2s electrons into an empty 2p orbital.
Thus, in the e. state “the electronic configuration of Be is 1s? 2s' 2p'. In the excited state,

the berylhﬂnLu atom undergoes 'sp’ hybridization by mixing a 2s and one 2p orbitals. One electron
from 2s orbital is promoted to 2p to form two new hybridized orbitals which are arranged
linearly.

When the two beryllium sp hybrid orbitals overlap with p orbitals of chlorine atoms, the bonding
is as shown in figure 3.12. Thus, BeCl; is linear in shape with the bond angle of 180°.

Energy
! ——— ——
» ? ¥ . LTI ] X, 20
EXE . anybridized
b1y zww orbitals
== o

fa_-\ a

Figure 3.14: Hybridization in BeCl;, a Linear Molecule

A Acetylene (C,H,)

In acetylene the central atom is carbon. The ground state electronic configuration of 'C' is 1s’
2s? 2p«'2p,'. There are only two unpaired electrons in the ground state. However, the valency
of carbon is four i.e., it forms 4 bonds. To form four bonds, there must be four unpaired
electrons. Hence carbon promotes one of its 2s electrons into the empty 2p: orbital in the
excited state. Thus, in the excited state, the electronic configuration of carbon is 1s* 2s'

2Px'2Py'2Pz!,

Wtk .,, _ L[ | | | — iT'T- Tr’
* 0 oamowm BTN E O

Each carbon atom undergoes ‘sp’ hybndmatldn/byusiﬂg a 25 and \ne Zp orbitals in the excited
state to give two half f1lleg,5pl urblials,l wngh gre» arrahged hneaﬂy The two carbon atoms

\N\M\““'\J
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form a o sp-sp bond with each other by using spnrhjtalsojﬂoiyg&rer,\t_twré are also two
unhybridized p orbitals i.e, 2p, and 2p: on €ach carton) atoin\which are perpendicular to the sp
hybrid orbitals. These orbitals form two Bonds(between the twocarbon atoms.

\ ~ _\\ Y VN T

L R v W m Y S
Thus, a triple bond (ipctpﬁjﬂ& @q&.\ Q__‘j&p_é\!"aﬁ‘ ond and two mbonds) is formed between carbon
atoms. Each ¢ t: om| formed a sigma bond with the hydrogen atom by the overlapping of

sp-s. 111«,1\51,1\éééhy e molecule is linear with 180° of bond angle.

Figure 3.15: Hybridized Orbital Diagram and Linear structure of Acetylene Molecule.
3.7.2 sp? Hybridization N O

. (K UO
It is the intermixing of one s and two p or@tatsﬁ wﬁﬁ:\?ﬁ%@ %%?f different shape to
produce three hybridized orbitals uﬂ mé e g.g%y/)a_\‘ \ pe and this phenomenon is
known as sp? hybridfzat'(g_g\ (p«\\ \ -
AV

S B!
Examples of sp? ri;l %g ion.

QNN 0
1. E&\chhmﬁde (BCl,)

The electronic configuration of ‘B’ in ground state is 1s? 2s? 2p' with only one unpaired electron,
Since the formation of three bonds with chlorine atoms require three unpaired electrons, there
is promotion of one of 2s electron into the 2pz orbital by absorbing energy. Excited state
electronic configuration of boron after absorbing energy is 1s? 252 2p.'2py'. In the excited state,
Boron undergoes sp’ hybridization by using a 2s and two 2p orbitals to give three half-filled sp?
hybrid orbitals which are oriented in trigonal planar symmetry.

» 2p

Is
Grousdsmme: 1]

1




‘/\"". '.
s / \\ \ \ {1\
\ U

In BCl;, three sp’ hybridized orbltals of borom atom, mgﬂaﬁ\ 'W‘lth/ threé/p orbltals of three

chlorine atoms and forms three o sp N ﬁdndsf Thus,, the shaﬁe /of BCly is trigonal planar with
bond angles equal to 126."“ - VWA

Figure 3.16: BCl,, Trigonal Planar Molecule.

2. Ethylene (C,H,)
During the formation of ethylene molecule, each carbon atom undergoes sp hybnd)gatmn inits
excited state by mixing 2s and two 2p orbitals to give three (hg{fii;illeds \Ii‘y&ld orbitals

oriented in trigonal planar symmetry. There IS a!su , Lu/r]b zed 2p orbital on
each carbon perpendicular to the pl
Q) \m\ \\ \ \ \/A

mnnum

NEn

spd »

WV

I=1”

15@ 15

The carbon atoms form a o bond with each other by using sp* hybrid orbitals. A 7 bond is also
formed between them due to the parallel overlapping of unhybridized 2p; orbitals. Thus, there
is a double bond (o and =) between two carbon atoms. Each carbon atom also forms two o
between sp’orbital of carbon atom and s orbitals of two hydrogen atoms.

Thus, ethylene molecule is planar with HCH and HCC bond angles equal to 120°. All the atoms
are present in one plane.

\Ji\ I\"\” Nk Flgure.'i 17 C;H,, Tﬂgonal Planar Molecule
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3.7.3 sp- Hybridization “/\\ \| ./,/ \ \v\-
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It is the intermixing of one s and three [ arhﬁ;l{haﬁng dﬁfe#ent energy and different shape
to produce four hybn&&ed orbltal'i pf\t}\e same energy and same shape and this phenomenon

is known as sp Fizatiun =3
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Examples of sp? Hybridization
1. Methane (CH,)

During the formation of methane molecule, the carbon atom undergoes sp’ hybndlzation In
the excited state by mixing one ‘2s’ and three 2p orbitals, four half-filled sp Jn(hrid orbitals

are formed which are oriented in tetrahedral symmetry in spa(cf@ @ f@@d"

t >[I0 \WM@&L\\ @

Q\m&\y\ /\.\\\ \\\ l I ] ‘

WWJ@ ?i

IsIE lslﬂl

Each of these sp® hybrid orbitals forms form sigma bond with s orbital of hydrogen
atom. Thus, carbon forms four o sp*-s bonds with four hydrogen atoms. Methane

molecule is tetrahedral in shape with 109°.5' bond angle.

\ w R N NN Figure 3.18: CH,, a Tetrahedral Molecule




2.  Ethane (C;H,) | SR \'fi\\' [ ()™

Just as in methane molecules, each' carboﬁ atam undergoes sﬂ‘ hyhndization in the excited
state to give four sp® hybrid) arbitals in t@t\mhedml gmetry The two carbon atoms form a o
sp*-sp* bond with each ather dua to ﬂ\ferlapphg of sp’ hybrid orbitals along the inter-nuclear
axis. While the s\qr caf@o hydmgen bonds are formed from overlaps between the remaining sp’
orbitals qnft“ei‘m carbons and the 1s orbitals of hydrogen atoms. All of these are sigma bonds.

Figure 3.19: C;H,, Tetrahedral Molecule

3 Ammonia (NH;) L
The ground state electronic configuration of nitrogen atom is 1s* 2s* 2p,'2p,'2p,'. Since there
are three unpaired electrons in the 2p sublevel, the nitrogen atom can form thrgﬁbonds with

N

three hydrogen atoms. ~ M, \ uk,' (\\ U

A e\
In arnmuma, nitrogen atom undergoes sp’ hybridiza 'qn"-\df\a(z; ‘a\ Qp orbitals to give four
sp’ orbitals, which are arranged I;Ltétr ied Gyﬂtﬂﬁw This’ “arrangement will give more

stability to the molecule@ue\ toﬂlfﬂm n of repulsions.
Among them ;{nrwﬁ |hélf fiﬂl&l and one is full filled.

WY
> %
- erie—={iL |l |1
i} |2 UwdDotid " GTT
to form m now
bybeidi sed orbital
ground state of 1Y hybidi sed mate of N

3 sp’ orbital of Nitrogen atom overlap with s orbital of three hydrogen atoms by using three
half-filled sp® hybrid orbitals. There is also a lone pair on nitrog{emamm ﬁgiqngmg o' the full
filled sp® hybrid orbital. It occupied more space’ xthan the Bqnﬂ\pqm MWéver, the HNH bond
angle is not equal to normal tetrahedral angle ( €.\ 1!?9‘ 5" \The reported bond angle is 107°. The

o) INNB\




observed decrease in the bond angle is due to the repu’(ﬂan

Mby theTone pair aver the
bond pairs. That is why ammunia mul'&cule 1ﬁtnggn' \ pwarnu:: L/in shape.

Figure 3.20: NHs, Trigonal Pyramidal Molecule
4.  Water Molecule (H,0)

The electronic configuration of oxygen is 15‘i 2s? 2p,’2p,'2p;'. There are two unpaired electrons
in oxygen atom which may form bonds with hydrogen atoms. The experimental bond angles
reported were equal to 104.5°. To account this, sp® hybridization before the bond formation

was proposed. . G\

During the formation of water molecule, the oxygen atummﬁﬂgq;éﬁ,p? h@iﬁmnm by mixing
a 2s and three 2p orbitals to furnish fmr s@ l}ypﬁd arbitats\ or}entéd” in tetrahedral geometry.

«
."

Among them, two are ha;i filked?a/nd thefema‘imﬁﬁ twu are completely filled.

\J\“\J,\Wm“’“m 'ﬁ' Ltu [TUJ_JJ |

W' orbitals

MBAECUAE ) (N Y

(20) - - 4 overiap

Now the oxygen atom forms two o sp’-s bonds with hydrogen atoms by using half-filled hybrid
orbitals. Bond angle between HOH in water molecule is 104.5. It is again due to repulsions
caused by two lone pairs on the bond pairs. Thus, water molecule gets angular shape (V shape).

hooE DA PESNL
' gk wetibad

I\ INN \\1 | R Ay
QRN _I\\U O Figure 3.21: Hybridization in H,0 Molecule
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3.8 CO-ORDINATE CQVA&W$OND S

A Co-ordinate Covalent Bond (Qr dati a(‘@f ent bqndy\kjanﬁed when one atom provides both
the electrons needed for a%ovakem; Ennd OF | paired of electrnn is donated by one atom
only. For dative cuv?\mponq ng we heed:

One atom F W\Hg\a}\tone pair of electron and the second atom having an unfilled empty orbital
to accept the lone pair (an electron-deficient atom/molecule).

During the formation of hydronium ion, water containing lone pair of electrons donate a pair of
electrons and form dative bond with the electron deficient hydrogen ion.

- +
H:O0 + H —= | H:6:H
H H
Water Proton Hydronium ion

Figure 3.22: Formation of Coordinate Covalent Bond in Hydronium fon

In Ozone (0,) molecule, central oxygen atom donates its electron pair with other om atom

and form dative bond. m@ @

\N@

Coordinate ond is also present in carbon monoxide molecule.

C=0«C=0

In this molecule oxygen atom form coordinate covalent bond with carbon atom.

Concept Assessment Exercise 3.3

1. Draw dot-and-cross diagrams to show the formation of a co-ordinate bond between
the following:
i boron trifluoride, BCl;, and ammonia, NH;, to form the compound Cl BN
ii phosphine, PH,, and a hydrogen ion, | H t@fnnn thel H.u/o \c \v\”’ o

2. Draw the displayed funnulae of tﬂe/p,rodﬁnzts fgml&d in a Show the co-ordinate
bond by an arrow. ( ) \ e~ LA WS
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3.9 INTERMOLECULAR FORCES, (F&RCE&HETWEEN
MOLECULES)

Intermolecular forces are tﬁose ﬁ‘.lrces Whlé are present between the Covalent molecules.
Physical properties ¢ '\Pjas rneltmg point, boiling point, density etc can be explained on the
basis of lnm”’dm ecL (ar forces.

3.9.1 Tvpes of Intermolecular Forces.

There are three types of intermolecular forces

¢ Permanent Dipole-Dipole forces

« Instantaneous dipole induced dipole forces

+ Hydrogen bonding
Ts Permanent dipole-dipole Forces
These forces are present between polar molecules. Polar molecules are those molecules where
due to electronegativity difference one atom bears partial positive charge and the other, which
is more electronegative, bears partial negative charge.

Some molecules with polar bonds have an overall dipole (e.g. H- chy, Although not t all do e.g.
In CCly the individual dipoles cancel each other out, so CCl is non_potar mal;efulé, There are
attractions between these permanent dipales in- neigbbm’mg\ﬁmlp@/es -e:g. between H-Cl
molecules. H-c(--- H=cl 0 ,/r \ AN U WL A\, J
Stronger the dipole-dipole @rces,dﬂghar M\ be\tﬁédﬁéttﬁz of meltmg point, boiling point, heat
nf vaporization and heat of| slgblimatlbn of ‘particular compound.

Inst %l p\\q us Dipole induced Dipole Forces

Those forééﬁlv are present between nonpolar molecules are called Instantaneous
dipole induced dipole forces.

Even in molecules with no polar bonds, there are temporary dipoles. It is because of uneven
electron distribution due to the constant movement of electrons. This induces a temporary
dipole in a neighboring molecule, producing a temporary dipole induced dipole forces of

attraction. :

Atom A Atom B

Symmetrical distribution of electronic charge cloud
(a)

(imtnmnn-&nuszrdd. mouéecm (induced dipole)
dqml’y dn the right hand side)

W) ‘\\J | \ﬁiﬂaﬁ! 3.23: Instantaneous Dipole induced Dipole Forces.
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Strength of Permanent dipole-dipole forces and- InsWtagthdlpdﬂ lnduted dlpule forces
(Vander waal,s fgrces} depends upon the fuf—llbm;ig facturs

Molecular size
Atnmlc size ] '
w[\ﬂﬁ.\%

N&d\l‘electmn in the molecule

The bigger the molecule i.e., more the electrons, larger the size or higher the relative
molecular mass, greater will-be the van der Waals' forces. The following table represents the

boiling point of Alkanes.
Table 3.5: Boiling point of first four members of alkane

Name Molecular formula Boiling point (°C)
Methane CH,4 -164

Ethane ' | CHy T -89
-P_roﬁaﬁé _ " i

Butare [ CHu R E

For example, t1.-.above table shows that the boiling point of propane (C: (C3Hg) is han that
of ethane [Csz} It is because molecular mass of CiH;s is 4 % Gsog Og e@@ of CoHs

which is 30. S\K
3.  Hydrogen Bondin @ Q/\
This 15 a special case of pW e forces - It is present between those molecules
where hydrogej{ ly nded with hrgher electronegative elements such as f, N and O.

There is ‘traction from the lone pair on the N, O or F of one molecule to the exposed

Hydrogen nucleus of another molecule. This is simply a strong intermolecular force - it is NOT
a hond. Those covalent rompounds which form hydragen honding with water molecules are

water solubie. For example, ammonia is soluble in water. Figure 3.24 1s represents the hydrogen
bonding between ammonia and water molecules.

Ivdrogen

Hydrogen bond . byl Hydiogen Bong
H l 0 1 l $ H
\ ¢ N\ N IV
OIIIIII}-L AN ‘0 N~aH
f N—II Z
H y / H H
Figure 3.24: Hydrogen Bonding between Ammm:hq\\kmwo!ecmes ot
“:\-.\"-, k, = / M Il\ I‘-,l ‘\\ ) ‘\.‘ 3 3 1 L_ll




3.9.2 Peculiar Behaviour of Hydrogen Bandmg
Ice is less dense than water. \ ) |

Most of the solids are denser than t.heir liqmds Thls is because in solid state, the molecules are
more closely pa ke,-gi But this-is not true of water. In ice, there is a three-dimensional hydrogen
bonded' netwérk of water molecules. This produces a rigid lattice in which each oxygen atom is
surrounded by a tetrahedron of hydrogen atoms. This ‘more open’ arrangement, due to the
relatively long hydrogen bonds, allows the water molecules to be slightly farther apart than in
the liquid (Figure 3.25). Hence water in solid state occupy more space. So, the density of ice is
less than that of liquid water. That is why ice floats on water.

Fm;&&ﬁ*’ AM of ice. Oxygen Atoms are Red, Hydrogen atoms are white, Hydrogen
Bonds are Lilac. This Hvdrogen Bonded arrangement makes ice less dense than Water

The strength of intermolecular forces

H-bonding > permanent dipole-dipole > Instantaneous dipole induced dipole forces

Table 3.6: Comparison of boiling point of different compounds

Molecule CH, HCL [ HO
~ Boiling Points (°C) -162 -85 | 100
Intermolecular forces | Instantaneous dipole Permanent dipole Hyrdmuen bnndmg |
induce dipole forces | dipole forces |

Melting and boiling points of covalent molecules depend upon the intermolecular forces not on
the covalent bonds in the molecule. Covalent bonds are very strong (values in hundreds of kJ
mol?). The forces between molecules are much weaker than covalem ‘bond. Figure 3.26
represents boiling points of hydrides of Grnups 4, 5‘" 6.‘~‘and ?
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Concept Assessment Exercise 3 \\\ \ ,\)».JX\"}
1~ _a The boiling points of the halogens are
M\J HW |'Chlorine | -35°C

lodine +184°C

Explain the trend in these boiling points.
b The table lists the formulae and boiling points of some alkanes. Explain this trend.

tructural formula  Boiling point / °C
Methane  CH, ~164
Ethane  [CH,CH, -88
Propane  [CH,CH,CH, | —42
Butane  [CH,CH,CH,CH, 0

2. Bromine, Bry, and iodine monochloride, ICL, havethesamenunber of electrons
the boiling point of iodine monochloride is neafly 40%: h@ef ﬂlﬁﬂ thwb?ﬂling polnt
of bromine. Explain this difference. '~ ~~ !

3.  Draw diagrams to sfm hydrdgen bqn@nghemeen the followlng molecules:
a Ethanol and ter bmmmwam ¢ Two HF molecules

NI NN oV

N\



3.9.3 Comparison of strength Df lomc (11:1*).!&1«?.4%1;,k metafmt bondlng and
intermolecular furces \ ~ \ \

The strength of a bond’depends nrﬁ thé\speciﬁc elements involved. lonic bonds contain strong
electrostatic force ‘of attraction between positive and negative ions. Metallic bonds occur
between At s/ within' a metal, where electrons are shared and free to move throughout the
material. This creates a "sea" of delocalized electrons that hold the metal atoms together.
Covalent bonds are formed by sharing of electrons. This sharing of electrons results in the
formation of a strong bond between the atoms. The electrons are held in the region between
the nuclei of the bonded atoms and the positive nuclei are attracted to these shared electrons.
This leads to a stable and strong bonding interaction.

Intermolecular forces are weaker than ionic, covalent and metallic bonding and occur between
molecules, not within a single molecule. These forces are responsible for holding molecules
together in a substance but are much weaker as compared to the forces within a molecule
(covatent bonds).

Table 3.7: Following table represents mp/bp of ionic, simple covalent, giant covalent and metallic

substances.
| Substance Bonding / structure _Melting point/°C Boiling Point/°C
Sodium Chloride | lonic (Electrostatic forces) 801 , 1465
Diamond Giant Covalent {Cuvalent bund] ] 4000 4830
Iron Metallic (electrostatic forces) 1538 _ 0\ 2862
Methane Simple Covalent (lntermolecular fnrces) A\ ,» ; —181 ADVTT —161.6

. \ e
It is obvious from the above table thaf the meltlngﬁointlbuiting point of methane is lower than
that of other szﬂ:starrées b!cause ithBntains weak intermolecular force which requires less




3.10 Molecular Orbital Thecry

The molecular orbital theory was proposed by\. SRR N

Hund and Mullikan in 1932 According \torthis. 4 @ oty
theory, linear cnmbmatlpn af atomic ' orbitals ‘

form new url;ﬂpalﬂtaihd ‘molecular orbitals E
which are\ characteristics of the whole

molecule. During this process identity of both MLk “\“m
atomic orbitals is lost. After the combination of by

atomic orbitals different types of molecular @ e
orbitals are formed which differ in energy. One atla )

of lower energy, is called bonding molecular | rigure 3,27: Energy diagram nf bonding and
orbital (BMO) while other of high energy is | anti-bonding molecular orbitals

called anti-bonding molecular orbital (ABMO).

Paramagnetic or diamagnetic nature of the molecule can he explained on the basis of
molecular orbital theory as given below.

e Molecules having unpaired electrons in the molecular orbitals are paramagnetlc in

nature and can be attracted by magnetic field. NI D\t (;;;7«, \,".,‘f," \

VS

 Molecules having no unpaired electrons Flhﬁ molﬂciﬂar\q l‘tsarfs are dlamagneuc in
nature and cannot b&attracte,ctb‘y‘ Ma{ne Ileld ’Fﬁtﬂy repéi magnetic field.

3.10.1 Bondm Mhntlbdndmg Molecular OrI:ntals

A bonding c}bnal (BMO) is formed by the overlap of atﬂmu: orbitals BMO has high
electron density in the region between the two nuclei which is responsible for the stability of
bond. Each electron in the BMO contributes to attraction between the two atoms. They are

designated as ¢ and = BMO.
An antibonding molecular orbital (ABMO) is formed by the subtraction overlap of atomic

orbitals. It has zero electron density in between two nuclei and the concentration of electron
density is on the opposite side. Each electron in ABMO contributes to repulsion between two

atoms. They are designated as o*and n* ABMO.

The number of Molecular orbitals formed is equal to the number of atomic orbitals that are
combined. Electrons in the molecular orbitals are influenced by all nuclei but in atomic orbital

an electron is influenced by one nucleus.
The filling of electrons into the molecular orbitals occur according to

» Aufbau Principle
« Pauli’s Exclusion Principle

+ Hund’s Rule O\ § o
There are two types ?f ?vﬁlapmng m mo!ecular nrbltal theory.

\“\j'\




i. Head on approach (linear overiapping) or llnear ﬁqmbinat)on T

l 1

ii. Sideways approach {parallel overlappmg} )
Head on approach or hnear Owrﬁpping\ake's place by the combination of s-s, s-p and p«-p«

Orbitals. Wheq ’,’ Jammic orbitals overlap with each other two molecular orbitals os of low
energy\ aﬂd J s of high energy molecular orbital is formed.

Sideways approach or parallel overlapping of atomic orbital takes place between p,-p, and p:p:
orbitals. When two p orbitals py or pz atomic orbitals overlap with each other two molecular
orbitals npy = npz of low energy and mpy =mpy of high energy molecular orbital is formed.

When three 2p atomic orbitals (p, py and p:) of one atom overlap with three 2p atomic orbitals
of other atom, six molecular orbitals (three bonding and three anti-bonding) are formed. These
molecular orbitals according to the energy are

O2py> M2Py= M2P:> M 2Py=T0"2p:>0"2Px

3.10.2 Bond Order (No. of Bonds)

It is the total number of bonds formed when two atoms of atomic orbitals oafel:hap with each

other. It half of the difference between the number af {:Qndn;g eleétrqns 'and"“anti-bonding
a2 \ // \ O
electrons.

O \(\ -: \ ()
/ ‘, \/ \ o~
Bond order = No.of el&trod& tn ﬁMﬂ‘s tha&fmons in ABMOs
The "QF‘M‘MMML farme:l in hydrogen molecule may be calculated as follows.
No. of electrons in the Bonding orbitals =2

No. of electrons in the anti-bonding orbitals =0

0
Bondorder= 2 =1

If bond order is zero, the molecule is unstable, and it does not exist. A positive value of order
reveals that the molecule exits and is stable.

3.10.3 Relative Energies of the Molecular Orbitals

Spectroscopic measurements determine the relative energies of the molecular orbitals formed
from 2s and 2p atomic orbitals.

a) The following increasing order of energy shows the molecul;tr /nrbitals of diatomic
molecules such as 03, Fzand their pusitwe and negatwe\ionsr ’
ogls<o'ls<als< cr'Zs < 021:&{ TEZ‘py’“ an,-:’ rr‘Zpy ﬁ*‘Zp, < a'Zpr

b) The diatomic muTecule such as\H\ He.'z, Bz. cm and N; (lighter molecules) show slightly
different ﬁngrgy order.

trls ~:‘o"ls < 025 < 025 < M2py=N2p: < 02p: < W*2py= 2P < ' 2P+



Elements of second period having atomic number 3 to Tprior td wm a relatively
small difference in energy between the 25 and ?-P arbitals;. s the energy difference

between 25 and 2p atopruc orbitals- is small, as a;ewlt 'a2s and o’2s MO do not retain pure
s- character [hybddfzation of A0, ). Hm 'of 25 and 2p orbitals is the primary cause of the

difference in tlﬁr mdlecular orbitals of nitrogen and oxygen, which is influenced by the
initial a\tqdﬂc bmﬁ:al energies. Hence energy of a2p,is greater than n2p, and n2p..

3.10.4 Molecular Orbital Diagram of Homo Nuclear Diatomic Molecules

After having discussed the basic principles of molecular orbital theory, we are now able to take
up the electronic structures and bonding properties of some homo-nuclear diatomic molecules.
1. Hydrogen Molecule H,

Hydrogen molecule is formed from the overlap of 1s atomic orbitals of two hydrogen atoms,
They give rise to two molecular orbitals ¢ 1s and o'1s. The molecule has two electrons which

occupy the lower energy o1s orbital as shown in the figure 3.28.
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Figure 3.28: Energy Diagram of BMO and ABMO of H;

- Total number of electrons = 2

Electronic configuration of hydrogen atom is 1s' SO

H; = o 15, o*15°

=0
Bond order =3 = 1

Magnetic character = Diamagnetic (having no unpaired electron)

2, Helium Molecule (Hypothetical) He,
The energy level diagram for He; is similar to that of H, except that 1‘t hﬂs Mmore e(ectrons

occupying the anti-bonding ¢ "1s orbital as. shnvm in the ﬂgw‘e 3 29
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Total number of electrons = 4

Electronic configuration of helium is 1

He; = o 15, o°1s’ o

Bﬂnd l 'ﬁ'o \| ;’/ X /”A\ .x, t, wu

Magnetic character: As there is na unpaired electmn in tMMuhr orbitals of He; molecule,
itis diamagnetic 1‘ 1 —~ / -\\ \\\\ - /\,3

.(\“' \ \

As bond order of He, 5 15 wo:.umalecule is unstable, and it does not exist. Helium exist only as

w@hﬁ&%ules

Nitrogen contains three unpaired electrons in 2p orbitals.

Electronic configuration of nitrogen is 15* 25* 2p.! 2p,! 2ps!

Total number of electrons in N; molecule = 14
The following diagram represents the molecular orbitals of nitrogen molecule.

Figure 3,30; Energy Diagram of BMO and ABMO of N,
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Distribution of electrons in the molecular orbitals of nltrogen mglqt;ulejs. (U\
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N:= (015)*(o 15)3(62533(0'2512(ﬂm)2 = (mm(am}* .
Bond order = "3 = 3 S\p\BYS
Magnetic ¢ q:\énw}here is no unpaired electron in the molecular orbitals of N, molecule,
it is diamagn tic. ‘ .

Bond order of Nz is three. Two N-atoms are bonded through triple bond. N, molecule is very
stable molecule and has a very high bond energy 946 kJ mol”, It is diamagnetic in nature and
possesses a very short bond length.

4, Oxygen Molecule O,
Electronic configuration of oxygen is 1s* 2s? 2p,2 2p,! 2p,!

Oxygen contains two unpaired electrons in 2p orbitals i.e. 2P, and 2P..

Total number of electrons in 0; molecule = 16

The following diagram represents the molecular orbitals of oxygen 7%39 @ m\)
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0= (a18)2(a-15)2(a2 )2 ‘212 2 2= (n2p,)? (m2py)' = (m*2p:)
(o1 .\fjl*@?jﬁ@% (92822, = (12,7 (w2p,)

Bond order = a— =2




Paramagnetic Nature of Oxygen molecule (1)
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It is found from molecular orbital diagram nfoxygen mnte:ule that the electrons present in the
two 1* orbitals are unpalfqd \The two unpa l"gd\ele;trons reside in the degenerate anti-bonding
orbitals n'2py and n'2p;. ﬁme l.ﬁ'lpaiféd electrons not only go around the atom in their orbitals,
but they also sptn wmd:h creates-a magnetic field. Unpaired electrons spin in the same direction
as each othe )gh‘i ncreases the magnetic field effect. Due to the presence of these unpaired
electrons, 01 is found to be paramagnetic in nature.

Paramagnetic behavior of O; molecule is not explained by Valance Bond Theory. It is obvious
that the two oxygen atoms are bonded through a double bond. So, we conclude that the
molecule should be very stable as it possesses high bond energy i.e.498 kJ mol’ with bond
length 1.21 4°.

5. Fluorine Molecule F,

Electronic configuration of Fluorine is 1s* 2s? 2p,2 2p,2 2p,!

Total number of electrons in F; molecule = 18

The following diagram represents the molecular orbitals of fluorine molecule.
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Figure 3.32: Energy Diagram of BMO and ABMO of F;
F2=(015)¥(0°15)%(025)*(0°25)*(02ps)*(n2py)? = (W2p.)? (m2py)* = (2ps)®
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Bond order = "7 =1 A e Q " :f'\’/’,--:‘_]‘ \ (&Y
,mfuletular orbitals of F; molecule, it is

Magnetic character: As there is paired eleetrarﬁn the
diamagnetic. ; ‘,\\x., roas™

Bond order of F, is-one. rMJ ,F‘atams are bonded through a single bond. The F-F bond distance

is longer (1. ABA“J im!the bond distance for 0, (1.21 A%) and N, (1.09 A%) molecules. The bond
energy of F’,molecule is quite low (159kJ mol ‘} It is diamagnetic in nature because it has no
unpaired electrons.




Exercuse o~ 7

1.

ina molecule Nmmetals have I"Lgh\er v&lue of e{ectronegatMty cmnpared to metals
Valence shell elecl:mn repUlsmn theory is used to predict the geometry of molecules.
Valence tpmq heory based on the overlapping of atomic orbitals in order to form a
chemical bond.

By predicting molecular shapes and bond angles, VSEPR aids Medicinal chemists in
understanding how drug molecules interact in the body.

According to Molecular orbital theory the number of molecular orbitals produced is
always equal to the number of atomic orbitals of atoms in the molecules that have
combined. In these molecular orbitals bonding molecular orbitals are lower in energy
from their parent atomic orbitals, and the antibonding molecular orbitals are higher in
energy. This theory is used to explain the paramagnetic character of the molecule.
Intermolecular forces are present between the molecules while intramolecular forces
are present within the molecutes i.e. covalent bonds.

Hydrogen bonding is the strongest dipole dipole forces. Covalent compounds which form
hydrogen bonding with water molecules are soluble in water.

Wander Waals forces depends on the molecular mass, no ni ele;:trons present in the
molecule and molecular size. 1 AN N (7 AL O

Bond energy is the amount ofengfg‘; required to brea}\ the bond of same type in one
mole of bonds. It depem:lyupan {.‘@ electmhegativity difference between two bonded
atoms and bond length, VL

e\mqrmﬁ i the product of the magnitude of charges and distance between them.

for Further Information

Physical Chemistry by Peter Atkins and Julio de Paula

Intermolecular interaction by Gunnar Karlstrom and Bo Jonsson

Molecular geometries and covalent bonding theories by Prof. Geiger, Michigan State
University

Kortagere, S., Krasowski, M.D. and Ekins, S. (ZOOb) “The 1mpu‘tance of discerning shape
in molecular pharmacology’, Trends in Pharmacological Sciences, 30(3), pp. 138-147.
doi:10.1016/j.tips.2008.12.001.

Nikolova, M.P., Kumar, E.M. and Chavali, M.S. (2022) ‘Updates on responsive drug
delivery based on liposome vehicles for cancer treatment’, Pharmaceutics, 14(10), p
2195. doi:10.3390/pharmaceutics14102195.
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m th':h af k the fouowing molecules i nonpolar?
WNeaLF, Tt
" d. CHCl



(ii)

(iii)) Which molecule contains only six bonding electrons?

a. CH, b. CF,
c. H0 d. NF,
(iv) Which molecule is trigonal planar in shape?
a. NF, b. C,CL,
. c. CH, d. CH,
(v)  Which of the following orbitals overlap with each other in the PH; molecule?
a. sp -5 b. sp ]
c. sp*p d.sp’-s A
(vi) The diagram shows the variation of the boiling pomt;QfT.‘he hyd@}m halides.
4 7\ \ ”ﬂ/\ \' ' / (3\\:/
— Q --'1' \ r\,m\‘ "‘.‘ \\ “. '\\ '\.\ |'
\ \'. /r—-;{\ \/ N\ \ U \\\ \ 1'_)1

What explains the higher boiling point of hydrogen fluoride?

a. The bond energy of HF molecules is greater than in other hydrogen halides.

b. The effect of nuclear shielding is much reduced in fluorine which polarizes
the HF molecule.

c. The electronegativity of fluorine is much higher than for other elements in
the group.

d. There is hydrogen bonding between HF molecules.




- ,/:\.
A\
—_ \ \ A\ ". \ )

(vii) Which graph a:(:urna-u:l:l\_.ar descnbes a trend fwnih\tMMagmthp?
A ~ \\

W\ T~ strength of
- van der g'

forces
Ch Bl;: I,
I ]
bond —/
°d'“:fz,‘
HCLHE HI
CL Br, I *
(viii) Sp* hybridization is not important in describing the bonding in;
a. NH; b. CCl, e
@)WY

c.H,0 Cg\gf x( @ Op
\ ) |\

ﬂ (C \
(ix) In the fo @\ (i}ré ectron is removed from;
f 951

%m? b. & 2py orbital
W Jc\Jn\ . orbital d. m *2p, orbital

(x)  In which process are hydrogen bonds broken?

a. Hy(l) = Hy(g) b. NHy(() — NH: 8)
c. 2HI(g) — Hz(g) + |1(g} d. CH‘(E} — C(m +  4H(qg)
(xi) The CN1- ion is widely used in the synthesis of organic compounds.

What is the pattern of electron pairs in this Ioni'

bonding pairs of | lone pairs on lone pairs on
electrons carbon atom nitrogen atom
A 2 1 1
B 2 2 1 ]
[ ] 3 1 o~ \1 S \\ \/\
| D 3 1__ - ~/p \' ' / //z ¥ >
- l) /..-z NERRIN t, \ [
(xii) Which chlorine’ tnmpmmd has\buhdmthat ¢an b-e ‘described as ionic with some
covalent charatte\rf
WA Nt N b. MgCL,

. AlCl, d. Sicl,
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(xiii) Gaseous nitrogen is less reactive than gaseous ﬂuqdnen %at i&therﬂsun for this
difference inreactivity? ~. O - \T\

a. The boiling point ﬁfnitromis lnwer than that nf ﬂuorine

b. The relative mulecular mass of nitrogen is lower than that of fluorine.
G The a; mic radis of nitrogen is greater than that of fluorine.
“Q‘:H I Q‘I'le bond strength in the molecule is greater in nitrogen than in fluorine.

The table shows the atomic number and boiling points of some noble gases.

Gas helium | neon |argon krypton | Xenon
Atomic number 12 |-110 [-118 |-136  |-154
Boiling point / *C  [-253  [-246 [-186 [-152 |-107

a Explain this trend in boiling points. b Xenon forms a number of covalently bonded
compounds with fluorine. i Draw a dot-and-cross diagram for xenon
tetrafluoride, XeF,.

iii Suggest a shape for XeF,. Explain why you chose this shape.

Aluminium chloride, AlCl;, and ammonia, NH;, are both covalent mulecl,tlef

A Draw a diagram of an ammonia molecule, shawingm §hapé/,5howﬁny [nne pairs of
electrons. Also State th&bond éngte HNH in thﬁ aﬁrnoma molecule.

b What type of\ fb are prebgnt i anmonia molecule. Draw diagram to show
forces bﬂmﬂ amn‘ton“ra molecules.

C \J N N lml\atln\nonia molecule and an aluminium chloride molecule can join together by
forming a co-ordinate bond. i Explain how a co-ordinate bond is formed.
ii Draw a dot-and-cross diagram to show the bonding in the compound
formed between ammonia and Aluminium chloride, H,NAICL,.

Electronegativity values can be used to predict the polarity of bonds.

a Explain the term electronegativity.

b The electronegativity values for some atoms are given below: H=2.1, C=2.5, F

= 4.0, Cl = 3.0, | = 2.5 Use these values to predict the polarity of each of the
following bonds by copying the bonded atoms shown below and adding &+ or &-

above each atom.
i H—I -
i F—I N AYGOMNS
_iloegh NN [ R0
C Describe the shape of thls ICl3mol&¢:ule.Alsu mennon bond angle in it.

d The boilipg puints Of the hydrogen halides are shown in the table.
\J A N[\ Hydrogen halide | HF [HCL |HBr |HI

Boiling point / °C +20 | -85 '-67v -35




5.

| Explain the trend in boiling points from: Hcl fﬂj-ll.\ (G e

i Explain why the beﬂfng pnint of WE & 50 much higher than the boiling
pmht afﬁtb N\

e aﬁi'ﬂlommetharie, CCL,, is a non-polar molecule. Draw a diagram to show the
\J | \shape of this molecule. Explain why this molecule is non-polar.

a. Hydrogen sulphide, H,S, is a covalent compound. Explain the type of hybridization
also write bond angle in HSH. Also show on your diagram the partial charges on each
atom as &+ or 8- and an arrow showing the exact direction of the dipole in the molecule
as a whole.

b. Oxygen, O, sulphur, S, and selenium, Se, are in the same group in the Periodic
Table.

i Explain why hydrogen selenide, H:Se, has a higher boiling point than hydrogen
sulphide, H,S. ii Explain why the boiling point of water is so much higher than

the boiling point of hydrogen sulphide.

a. Describe the shape of the carbon dioxide molecule. o\

b. Bromine is a liquid at room temperature. Weak ander' W@;Lfomef hold the
bromine molecules r.ogethe ér ials" forces arise.

\ \ \ / M\ ‘\ ‘-, \ '\
Water is extenst@ly hwdmgehl onde .\M&ﬁivés it anomalms (peculiar) properties.
a Explain wﬁy itg fs\léss dense than liquid water. Also State two other anomalous

\Prope, es of 'water.
\J N l\ N &I
b " Propanone has the structure shown below.
CH,
/C =0
CH;

When propanone dissolves in water, it forms a hydrogen bond with water. Draw
a diagram to show a propanone molecule and a water molecule forming a
hydrogen bond.

C (i) Propanone has a double bond. One of the bonds is a ¢ bond (sigma bond). The

other is a w bond (pi bond). Explain the difference between a o bond and a &
bond in terms of how they are formed.

ii Copy the diagram, then complete it to show the shapéj df the electron
clouds in the o bond and thga,r band be;ween thq\":athon atoms in ethene. Label
your diagram ' \\ L
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Energies of orbitals can be explained by molecular orbital 'tﬁegm mhgheén observed
that in case of Nitrogen n'loleeute clzi:yt i;highqrin energsuthin T Zpy and m 2p,

a Draw molmahrn;(hh;al ram foF nitrogen molecule.

b Give ru.ﬁan why the.o pr energy is greater than m2p, and n2p,.
Cam&i\éh‘ a bond with hydrogen to form ethyne. Bond energy of C-H is same
although 2s and 2p orbitals are involved which have difference in energies. Explain the
formation of ethyne molecule on the basis of hybridization with the help of diagram.
Explain the magnetic properties of 0,, 0; and N, by applying molecular orbital theory.
Differentiate between a sigma bond and a pi bond.
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