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4.1 LEWIS STRUCTURE

Teaching and learning outcomes

At the end of the lesson, student should be able to

41 Lewis Structure

a) State the octet rule. (C1)

b) Describe how atoms achieve stability by attaining stable
configuration of: (C1, C2)
i. Noble gas
ii. Pseudo-noble gas
iii. Half-filled orbital.

c) Describe the formation of the following bonds using Lewis dot
symbol: (C1, C2)
i. lonic or electrovalent bond
ii. Covalent bond
iii. Dative or coordinate bond




4.1 LEWIS STRUCTURE

At the end of the lesson, student should be able to

Teaching and learning outcomes

41 Lewis Structure

d) Draw Lewis structure of molecules and polyatomic
ions with single, double and triple bonds. (C3)

e) Compare the bond length between single, double

and triple bonds. (C2, C4)




4.1 LEWIS STRUCTURE

Teaching and learning outcomes

At the end of the lesson, student should be able to

4.1 Lewis Structure

f)

g)

h)

Determine the formal charge and the most
plausible Lewis structure. (C3)

Explain the exception to the octet rule: (C2, C3)
I. Incomplete octet

li. Expanded octet

iii. Odd number electron

lllustrate the concept of resonance using
appropriate examples. (C2, C3, C4)




@}' LEWIS DOT SYMBOLS

A The valence electrons of main—group elements
are represented as dots or cross sign
surrounding the symbol of the element

EXAMPLE:

Na- "N: :Cl-



Period

3A(13)

4A(14)

5A(15)

6A(16)

7A(17)

8A(18)

ns2np!

ns2np?

ns2np3

ns2np*

ns2np®

ns2np®

1A(1) | 2A(2)
ns! ns?
° Li *Be-
*Na | °*Mg-

.C.

I

e Ne:

e Al *

oSio

s Ar:




Keep in mind!

i Lewis dot—-symbol for N:

.N.

i Also can be written as:

N or = N- or

10



@' Example 1 l

%\f Draw a Lewis electron—dot symbol for each
atom.

(@) Rb
(b) Si
(c) |
(d) Ba
(e) Kr
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@ | Answer l

5\4 (a) Rb
7 (b) Si
(c) |
1 (d) Ba 18
H | 2 (e) Kr 13 | 14 | 15 | 16 | 17 | He
Li | Be B |C|N|O]|F |Ne
3 4 5 T i E | i
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La |Ce|Pr [Nd|Pm|Sm|Eu|Gd|Th|Dy |Ho|Er |[Tm| ¥b | Lu
5T 54 1] 11 &1 G [T ] B G5 Gh 6T B [T 7o T
Ac|Th|Pa| U |Np|Pu|Am|Cm|Bk | Cf |Es |Fm|Md |No | Lr
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O:" |Answer l

@ w ®) .S
(c) o (d) *Bae
(e)

s Krs

13



@"ﬂ| Example 2 I

The number unpaired dots provide information
about an element bonding behavior:

What information you can get from the following
Lewis symbols :

(a) Rb (b) ,°°

(C) o0 (d)

14



= Rb loses one electron to form Rb* (charge +1),
can form ionic bond.

(6) ,°F .

= | can form one covalent bond.

15



v Kr do not form ionic or covalent bond.

(d) oBa °

= Ba loses two electrons to form Ba?* (charge +2),
can form ionic bond.

16



@=° OCTET RULE

d An atom other than H tends to form
bonds (by losing or gaining or sharing e-)
until it is surrounded by eight valence e-

d The rule works mainly for elements in
Period 2



EXAMPLE:

Transfer of e-

/ oo
Nae s Fo
L X J
1522s22pb 3s 1s22s22p°
\/
00 —
Nat  + * F:

152252 2pS 152252 2p°

18



EXAMPLE:

Sharing of e-

R — R
Te- 8e- 8e-
F— R

single covalent bond

19



@*ﬁ‘| Example 3 l

| Which of the following bonding patterns
‘5, does obey the octet rule?

(a) —X= (c) |
I X
7 \

(b) =xe (d) Yo%

20



- X surrounded by 8 electrons

= Obey octet rule

(b) =X

- X surrounded by 8 electrons

= Obey octet rule
21



w=X surrounded by 6 electrons

Do not obey octet rule

(d)  o'ys2-

w= X surrounded by 8 electrons

= Obey octet rule

22



%‘?ﬁ/ TYPE OF STABILITY OF IONS

* Noble gas configuration

» Pseudonoble gas configuration

 Half-filled orbitals



7
unit

So NOBLE GAS CONFIGURATION

1 Atoms may lose or gain enough e"so as
to forms stable ion with octet (or duplet)
configuration

 The ions formed are stable due to the
noble gas configuration
= Nns?np®



EXAMPLE:

Na- » Na* + e-

152252 2p° 3s 152 2s22p° = [Ne]
o0 _ o -
eCle + e > oCl3
o0 o0

1522s22p® 352 3p° 1522s22p€3s23ps = [Ar]



Write the charge and electron configuration
of the ions formed by these elements :

(a)
(b)
(c)
(d)
(e)

Example 4

Cl
Na
Ca
N
Br

26



(a) ClI: 1s22s22p°® 3s? 3p°

(b) Na*: 1s22s22p®
(c) Ca%*: 1s22s22pb3s23p®
(d) N3*: 1s22s22pS

(e) Br: 1s22s22pb3s23pb4s23d'94pS

27



_.~. PSEUDONOBLE GAS
= CONFIGURATION

1 lons that have stable electronic
configurations in which all their orbitals
are completely filled with electrons.

d The valence electron configuration is
ns?np°nd1°

d But, electronic configuration is not that
of any noble gas
I pseudonoble gas configuration

28



;. PSEUDONOBLE GAS
&= CONFIGURATION

EXAMPLE:

Zn > Zn2t + 2e-

Electronic configuration of Zn:
1522s22p®3s?3p®3d'24s?

Electronic configuration of Zn?*;

152252 2p® 35?2 3p° 3d'°



732 HALF-FILLED ORBITALS

J Some transition metal atoms form cations

that have e-configuration associated with
halffilled d orbital (d°)



EXAMPLE:

1s22s? 2p°® 3s2 3p° 3

Mh — Mn2* + 2e-

L N N A

3d 4s
1s22s22p® 3s2 3p° 3d° 4s?
[

3d 4s




&" | Example 5 l

‘ What type of stability of the electron
4 configuration of ion Fe3*.
Note: Fe (Z = 26)

32



\ Fe (Z= 26)
4 Electron configuration:

|s?22s?2p® 352 3p°®4s23d°

Fe3*

Electron configuration:
Is22s? 2p® 3s2 3p° 3P

== Type of stability= halffilled d orbital
33



.;,‘"‘-“*"“’*’ CHEMICAL BONDING

1 Three major types:

€@ Ionic bond

@® Covalent bond

€® Metallic bond
(will be discussed further in 4.5)



== JONIC BOND

1 Attractive electrostatic force between
positive and negative ions

d Sometimes called electrovalent bond



Substance formed by lonic Bonding

nion Cl- OH- 0% S04*
Cation
Na* NaCl NaOH Na,O Na,SO,
Ca? CacCl, Ca(OH), CaO CaSO,
AlP* AQ3 Al(OH), Al,O; Al,(SO,),

AICl; is a covalent compound

BUT

AlF; is an ionic compound




.;j""""}""“’ FORMATION OF IONIC BONDS

d Formed when metal combine with nonmetal by
electron transfer.

Total number
of e lost
(transferred)
by metal atoms

Total number
of e gained
by the nonmetal atoms




1 Lewis electron—-dot symbol

EXAMPLE:

Li -(}: — Lij* [:T::} B

e Lithium atom transfer its valence electron to fluorine
and forms lithium ion, Li*

* Fluorine atom accept electron from Li and forms fluorine
ion, F-

 The electrostatic forces between Li* and F-forms
ionic bond



@“ﬁl Example 6 |

Use Lewis dot symbols to
show the formation of
Na,O.

39



Electrostatic forces between Na* and 0% forms

Formula of the compound formed = Na,0

40



@' COVALENT BOND

Jd Formed when nonmetal atoms combine

J Electrons are shared between nonmetal atoms

1 The shared electrons are counted as octet
(or duplet) of both atoms and considered to be
localized

1 The electrostatic forces between the
shared electron with the nucleus of both
shared atom will form a covalent bonds



EXAMPLE:

covalent bond

H—H

‘F—F:
covalent bond

O=0

covalent bond



~zi« COORDINATE COVALENT BOND
@ (DATIVE BOND)

1 Formed when one of the atoms
donates both e-
1 Also called covalent dative bond

EXAMPLE:
h S
|
H* + :f\ll—H >  |He—N—H
H y

- /

ammonium ion (NH,*)



EXAMPLE: ammonium ion (NH,")

| < H T
I
HY + :b:—H > H@N—H
I
H
L

ammonium ion (NH,")

1 H*has empty 1s orbital

1 N atom has a lone pair e-

1 H* accepts an e-pair from N to form
coordinate covalent bond

44



@“'“‘ Example 7

k Boron trifluoride (BF;) accepts an electron pair
from ammonia (NH;) to form BF;NH;.
Show which of the bond is the
coordinate covalent bond?

F H
| . / F _H
F F N F/ \CH3



L,
&"‘“"‘ ANSWER 1

F H
L, L/ . KA
F F N F/ / CH,
coordinate
covalent

bond

46



- —+% DRAWING LEWIS STRUCTURE FOR
< COVALENT MOLECULE

EXAMPLE1  NF,
d Step 1:

« Count the total number of valence e-
 Add e"if —ve charge,
subtract e-if +ve charge

Atom Number of valence e-
Nx1 5¢x 1 = 5e-
Fx3 7Te-x3=21e"

Total = 26e-



1 Step 2:

Draw skeletal structure of the compound
showing the atoms bonded in the

molecule
Put the least electronegative atom in the
center

F N ==central atom

F—N—F F w=-surrounding atom



1 Step 3:

Count the number of electrons which is used
to form the covalent bonds and subtract from the

total number of electrons.
Number of electrons

used to form
Example : covalent bond
Total 26e —6e =20e"
number _— '\ F
of I
valence The F—N—F
electrons remaining

electrons



1 Step 4

« Complete an octet (8 e) for all atoms
except H (2 e)

 The surrounding atoms must be octet before
placing the remaining electrons at the central

atom
* Electrons not involved in bonding shown as
lone pairs
Number of electrons
F at surrounding atoms
F_N_F 20 e — 18 e~ = 2¢- <= Number of
lone pairs

electron



Check:

8e- x3 24e-
4 2e-
Total = 26e-

OK

51



EXAMPLE 2|

NH,*
Step 1

« Count the total number of valence e-
 Subtract e-if +ve charge

Atom Number of valence e-

N x 1 Se” X 1 = 5e
Hx4 e~ x4 = 4e-
+1 charge = —1e-

Total = Se-



d Step 2:

* Draw the skeletal structure of NH,* ion

N i central atom

H - surrounding atom



Step 3

e Count the number of electrons which is used
to form the covalent bonds and subtract from

the total number of electrons.

e —8e =0e"

Step 4
« Complete their duplet for all H atoms (2 e°)

~ 'I" Nt
_N_
I
H

H H
- J



EXAMPLE 3| cQ,2

Step 1

 Count total number of valence e-
 Add e"if —ve charge

Atom Number of valence e-
Cx1 4de-x 1 — 4e_
Ox3 6e- x3 = 18e-
-2 charge = + 2e-

Total = 24e-

55



Step 2

« Draw the skeletal structure of CO5%"ion

(@)
g

central atom

O a surrounding atom



Step 3

e Count the number of electrons which is used
to form the covalent bonds and subtract from

the total number of electron.

2de —6e =18 e-



Step 4

« Complete an octet for all O atoms (8 e7)

Not octet
Go e\
o.c:—cl;_..' 18 e — 18 e = 0e-
Ho}

58



Step 5

. If the central atom is not octet yet, make a
multiple bond by using a lone pair from the
surrounding atoms

(soc ] (oo t3e)
% . | . oeo® '.(3=(|:_QQ'
R L *0s Y
Check:
ge-x3 = 24 OKI

-]
O
—e
2
|
N
oY
®

59



@| EXERCISE 1 ]

Draw the Lewis structure for the
following compound :

1) H,O
2) CIF,
3) CN-

60



& T

b) CIF," [sF—CI-F:]

c) CN [C”EN] '

61



@< BOND LENGTH

1 Distance between nuclei of two
covalently bonded atoms in a molecule

electron

nucleus

——>| bondlength |<—— 62



1 For a given pair of atoms,

Bond length: single > double > triple

EXAMPLE:

Average bond length:

C—C > C=C > C=C
(154 pm) (134 pm) (121 pm)



@"ﬂ| Example 8 I

Rank the bonds in each set in order of
decreasing bond length:

(a) C=0, C-0,C=0
(b) N=N, N-N, N=N

64



(a) C=0, C-0, C=0

Bond length: C-C > C=C > C=C

(b)) N=N, N-N, N=N

Bond length: N-N > N=N >

N

N

65



/_r,’

Chemistry —

.33‘““"‘"" THE PLAUSIBLE STRUCTURE

JCertain molecules such as CO, can have
more than one lewis structure.

:0-C-0: => :0-C=0: or 0=C=0

Structurel Structurell

J However, the most stable structure
Is used to represent the molecule which is
refered as the most plausible Lewis structure



@=' FORMAL CHARGE

1 Difference between the valence e-
in an isolated atom and the number of e-
assigned to that atom in a Lewis structure



Formal charge of atom =

~

"

Number of
valence e~

Number of
lone pair e-

-~

+ /2 of bonding e-

w’




Structure | :
(-1) (0) (+1)
:Q- C=0:

Formal Charge:
Oof C—O w[6-6 —1]

OofC=0 w[6-2- 3] =

C w[4-0-4)] =

Note the charge of carbon dioxide
=(-1) +1+0

=0 =CO,



Structure ll :

© © ©
O=C=0

Formal Oof C=0 ©=[6-4 -2]
Charge:
Oof C=0 w[6-4-2]

C w[4 - 0 4)]

Note the charge of carbon dioxide
=0+0+0
=0 - CcoO,



~z5c THE MOST PLAUSIBLE
@ LEWIS STRUCTURE

1 Select the structure with:

higher priority

o

« Zero formal charge on all atoms

 Smaller formal charge (closest to zero)

. Negative formal charges are placed
on the more electronegative atoms




=+, THE MOST PLAUSIBLE
@ LEWIS STRUCTURE

EXAMPLE 1|

:0-C=0: or 0=C=0

Structure | Structure ll

The most plausible Lewis structure is ||
because all atoms have zero formal charge.



EXAMPLE 2|

Three possible resonance structure for the ion
L NCO-

(-2) (0) (+1) _ (-1) (0)(0) (0) (0) (1) _

[N . 0:] —{N=c=9] —[:Ns C- 9]

lll is the most possible resonance structure (stable)
because it has fewer formal charges and the -1 formal
charge is on the more electronegative atom (O).

73



@n‘t EXCEPTION TO OCTET RULE

Jd Incomplete octet

1 Expanded octet

1 Odd electron



@“*’" INCOMPLETE OCTET

1 Occurs when the central atom has less
than 8e-iIn its valence shell.

1 Elements in group 2 and 13 in period 2

with low metallic properties, do not donate
but share the electrons.

J Be, B and Al cannot achieve octet

configuration even after sharing e-with
other atoms.

75



Example:

BeH,

H— Be—H
Be 2e-
2H 2 x1e-

de-



@""ﬁ| Example 9 l

Draw the Lewis structure of BF; that obey
the octet rule.

Calculate the formal charge of each atom.
Compare with the incomplete octet Lewis
structure of BF;.

77



Formal Charge:

FofB—F w=[7-6 —1)]

|
o

Fof B=F =[7-4 -2)]

1|
+
-

||
I
=

B =[3-0- 4)]

78



Formal charge:
F

B

*F2(0)
|

B
:F7 (O F3(0)

(0)

incomplete octet

w[7- 6-1)

w[3- 0-3)]

79



\ M $F2(0)
4 |

(-1) |
B
oo Nee (0)
OF F O B
octet

incomplete octet

Structure with incomplete octet is more stable
because it has zero formal charges at all atoms.

For B=F : formal charge of more electronegative F is +1
while formal charge of less electronegative B is -1.

Thus the Lewis structure with complete octet B=F is Iesg.0
stable)



@' EXPANDED OCTET

1 Occurs when central atom have more than eight e-in
its valence shell.

1 Usually involves non-metal atoms of 3" period and
beyond which have empty 3d subshell.

EXAMPLE: e
:F\ | E: S = 6e
SF6 oo S oo 6F = 6 x7e-
° / \...
‘F7 | ~F¢ 280



EXAMPLE:

PCI,

32



i ODD-ELECTRON
@ MOLECULES

1 Contain an unpaired e-

EXAMPLE:
CY ) o0
NO Ar2
o0
odd
electron
N S5e-
O 6e-

11e-

83



atom from an odd—numbered group, such as
N (Group 15) and CI (Group 17)

3 I\ Most odd—electron molecule have a central

EXAMPLE:
N=0 0=C1=0

34



,;fﬁ’ RESONANCE STRUCTURE

1 Two or more Lewis structures for a
single molecule that cannot be
represented accurately by only one
Lewis structure

EXAMPLE: ozone (O,)

e0—0 =0 < > O O— O.




1 The structures have same relative placement
of atoms but different locations of bonding
and lone e-pairs

EXAMPLE: ozone (O,)

(\— =(T': ) , :6;)='6P:c§.

86



@ [ampero GO

What are the resonance structures of the
carbonate (CO;%) ion?




88



Molecular
Shape &
Polarity

GHNTERAS2E OV ERVIE

—> Linear

—> Trigonal Planar

—» Tetrahedral

— Trigonal bipyramidal

— Bond Angle
. Dipole Moment

Molecular &
Bond Polarity

—p Octahedral

— Molecular Shape —— V-shaped

— Trigonal pyramidal
—> T-Shaped

> See-saw

+—> Square pyramidal
—> Square planar

Dipole moment ()

Resultant Dipole
moment (p) 39



4.2 MOLECULAR SHAPE AND POLARITY

Teaching and learning outcomes

At the end of the lesson, student should be able to

4.2 Molecular shape and polarity

a) Explain Valence Shell Electron Pair Repulsion theory (VSEPR) (C2, C3)

b) Draw the basic molecular shapes (C1)
I. Linear
ii. Trigonal planar
iii. Tetrahedral
iv. Trigonal bipyramidal
v. Octahedral

c) Predict the shapes of molecule and bond angles in a given species.
(C2, C3)
d) Explain bond polarity and dipole moment. (C2, C3)

e) Deduce the polarity of molecules based on the shapes and the
resultant dipole moment. (C4)




@' VSEPR THEORY

1 Valence-Shell Electron—Pair Repulsion
Theory

1 Each group of valence electrons around
a central atom is located as far away as
possible from the others in order to
minimize repulsion

91




1 The theory is used to predict the
molecular shape from the Lewis structure

EXAMPLE: H

Lewis structure molecular shape
92



The followings count as one e group:

H
: : I
| C |
(1) Bonding pair HIGIH | s = 4
- a single bond H
- a d9uble bond S0=c=0 | _ e groups = 2
- a triple bond °° °e
H—O—H & e groups = 4
© lone pair -
sl
oo | oo & e groups = 4
$1—N—I ¢
- °e__°2 - e groups = 3
€) lone e N=0 group

93




vy,
/

@7“' FIVE BASIC SHAPES

@ Linear @ Trigonal planar € Tetrahedral O Trigonal © Octahedral
bipyramidal

90°

/

N
120°

Linear Tetrahedral Trigonal bipyramidal Octahedral
7190 )|( ,w)li auﬁ)li X ji{
- — AN / 90°
X=A—X A1fJ 11:?.53 x_|_A<:12GJ X)&x
7 2 ¥ | ™%X ™
FORM X X X
GEN FORMULA:

AX, AX; AX, AX;s AXZ4



.;j‘“""’"“' ELECTRON GROUP ARRANGEMENT

1 Determined by the number of e-groups
around the central atom

95



ELECTRON GROUP ARRANGEMENT

Geometry e Groups Arrangement
180°
w LA Xy 2 linear
)|( 120
A 3 trigonal planar
X~ X
:i( 109.5
X=X 4 tetrahedral
X
X  g0e .
X o I Trigonal
A= . .
. x%’)ldéxm 0 bipyramidal
. X
xg%fk"'x 6 octahedral
x7 T >x
X 96




@'ﬁ ELECTRON GROUP REPULSION

Q Order: Q o
O
lone pair — lone pair > oY
104.5°
lone pair — bonding pair > H™ 4 S H
H 10730
: : : : H 410050
bonding pair — bonding pair (I;\H
H [



== EXAMPLE: BF,;

€ LEWIS STRUCTURE

Lewis structure

1 °F —: E.:—'F'.

@ELECTRON GROUP .. Electron group = 3
ARRANGEMENT e- group arrangement = trigonal

l planar

:E1ZO°
MOLECULAR T
© SI-II_APEL '-I:-/ &

= trigonal planar
bond angle: 120°

98



@:’“ TWO ELECTRON GROUPS

EXAMPLE: BeCl, (gaseous beryllium chloride)

Lewis structure 180°

EE)  :c|—Be—Ci

Cl—Be —ClI

1 e  groups arrangement = linear

1 Molecular shape = linear
bond angle: 180°



.;;‘““"‘ THREE ELECTRON GROUPS

EXAMPLE: BF; (boron trifluoride)

Lewis structure

o F.
( X
°F E— \120o
KL I o0 / \"
«F—B—F:
o0 )

1 e~ groups arrangement = trigonal planar

 repulsion of all bonding pair - bonding pair
electrons are equal.
1 Molecular shape = trigonal planar
bond angle: 120°




EXAMPLE: NOCI (nitrosyl chloride)

Lewis structure @
o0 00 4 ‘ oo A\ ®e
: =N_9.IO :O 1130 .C.I:

1 e~ groups arrangement = trigonal planar
1 repulsion of lone pair-bonding pair >
bonding pair - bonding pair.

d Molecular shape = V-shaped (bent)
bond angle: < 120° v



X" FOUR ELECTRON GROUPS

EXAMPLE: CH, (methane)

Lewis structure H
H |~ 109.5°
| =) _CJ
H—C—H H l H
! H

1 e-groups arrangement = tetrahedral

1 Molecular shape = tetrahedral
bond angle: 109.5°



EXAMPLE: NH;(ammonia)

Lewis structure @
_o o_ ‘ N
H r\i H H / l\} ’

H H 107.30

1 e~ groups arrangement = tetrahedral

 repulsion of lone pair-bonding pair >
bonding pair - bonding pair

J Molecular shape = trigonal pyramidal
bond angle: < 109.5°(107.3°)



EXAMPLE: H,O (water)

Lewis structure

o0
o
’ L

d e~ groups arrangement = tetrahedral

 repulsion of lone pair-lone pair >
lone pair-bonding pair > bonding pair-bonding pait

d Molecular shape = V-shape (bent)
bond angle: < 109.5° (104.5°)

104



TETRAHEDRAL ELECTRON GROUP ARRANGEMENT

oo

tetrahedral trlgonal pyramidal V shaped

H

A e T

bonding-pair vs. bonding lone-pair vs. bonding lone-pair vs. lone pair
pair repulsion < pair repulsion < repulsion 105




‘L

@ FIVE ELECTRON GROUPS

EXAMPLE: PCI; (phosphorus pentachloride)

Lewis structure o C I-

oo oo "7 790
o 51 -Clsp) &
1€l —p g Ea e
o e oo LR

1 e" groups arrangement = trigonal
bipyramidal

1 Molecular shape = trigonal bipyramidal
bond angle: 120°, 90°



EXAMPLE: SF, (sulfur tetrafluoride)

Lewis structure .- -.
.o e 36_80.I 2
oFe SFe - F~C
>'3'/ 101 .50'-'3;8 <
N\ :F7 |
ofe oFs “*°Fs

1 e groups arrangement = trigonal
bipyramidal

1 Molecular shape = see saw
(distorted tetrahedral )
bond angle: < 120°, < 90°



EXAMPLE: BrF; (bromine trifluoride)

Lewis structure oo

e o® % oo -Fe <900

‘F—Br—F:; mmp & 1)

Y ) [ X _Fo
:L: 1=
o0 [ ] [ ]

1 e groups arrangement = trigonal
bipyramidal

1 Molecular shape = T-shaped
bond angle: <90°

108



EXAMPLE: I;- (triiodide ion)

Lewis structure

1 e groups arrangement = trigonal
bipyramidal

1 Molecular shape = linear
bond angle: 180°



@’ SIX ELECTRON GROUPS

EXAMPLE: SF; (sulfur hexafluoride)

Lewis structure X
0 F; .
e .
e®® : \(\I -~ &
° F\ l /F. ‘ ': (/ oo
° / \.. & 8
.F. l F: ... 2 . ._..
... o —0 ®e @ @
o °e

1 e- groups arrangement = octahedral

1 Molecular shape = octahedral
bond angle: 90°



EXAMPLE: IF; (iodine pentafluoride)

Lewis structure ®e

::F:\T/. .F.: =) -F <=/ F:
F7 | FAF
°° :‘F.: ®oe @ oo’

1 e- groups arrangement = octahedral

1 Molecular shape = square pyramidal
bond angle: <90°



EXAMPLE: XeF,(xenon tetrafluoride)

Lewis structure

..F.\ Oo/l.:.: gog.E\Xe/.F.:
®oe Xe :: . o0 / \I I.
:T: Q/ o0 .F.: I.F. é IFI.

1 e- groups arrangement = octahedral

1 Molecular shape = square planar
bond angle: 90°

12



SUMMARY

e X | E e group molecular shape
group arrangement
2 2 0 |linear linear
3 3 0 |[trigonal planar trigonal planar
2 1 |trigonal planar V-shaped
4 0 |tetrahedral tetrahedral
4 3 1 |tetrahedral trigonal pyramidal
2 2 |tetrahedral V-shaped
Note : X - number of bonding pair

E - number of lone pair




e dg. X | E| e g.arrangement molecular shape

5 0 |trigonal bipyramidal | trigonal bipyramidal
4 1 |trigonal bipyramidal | see saw

5
3 2 |trigonal bipyramidal | T-shaped
2 3 |trigonal bipyramidal | linear
6 0 |octahedral octahedral

6 |5 |1 |octahedral square pyramidal
4 2 |octahedral square planar

Note : X - number of bonding pair
E - number of lone pair




@‘ [Example 1 J

Draw the molecular shape and predict the
bond angles (relative to the ideal angles) .
What are the electron groups arrangements
and the molecular shapes of:

(a) PF;
(b) CIF,"



(a) PF,

Step 1: Draw the Lewis structure:

o0 00 oo
oF—P—Fg
L 1 J I o0
SFS
L 1 J

Step 2: Determine the e- groups arrangement:

= e groups =4

m= @ groups arrangement = tetrahedral

116



Step 3: Predict the bond angle:

w  without lone pair at P; 109.5°

= According to VSEPR Theory, repulsion of
lone pair-bonding pair > bonding pair-bonding pair

= Wwith lone pair at P; <109.5°

Step 4: Draw and name the molecular shape:

%

.OQ/P\..:
®o0 S e °°
<109.5° **

Molecular shape = Trigonal pyramidal 117



(b) CIF,"

Q|
yﬁ%g 180°

e groups arrangement = trigonal bipyramidal

Molecular shape = linear

118



@“‘" BOND POLARITY

d Atoms with different electronegativities
form polar bonds

1 Depicted as a polar arrow:

119



EXAMPLE:

5+ 8-
C—CI

—
C—Cl

= polar bond

cC—C

= nonpolar bond

= polar bond

Br—Br

w- nonpolar bond

120



P

i &
&“‘“‘ [Example 2 <)
(a) Use a polar arrow to indicate the polarity
of each bond: N-H, F-N, |-CI

(b) Rank the following bonds in order of
increasing polarity: H-N, H-O, H-C

incroasng EN Highest
- Electronegativity
::‘ '.’ll’.‘
% ey
1 [",T A 1A WA VA via iy He A
21U Be BICINIO|F|Ne
= . I
3| Nh "‘0 WE R VB VB I 2 I8 ] Al S| PLS| Al A :
- - *+ — -
1|k Cal Sc| T v[ Cr w';c ”1\ (,u miquc As) Sof o k| | §
b ' . | -
5 | Ao .~:¢ | Zr \ti ‘Ju Te Fr 03 .\.’x :1 In| Saf Sof Tol 1 | Xe| |2
8| Cs | Bal l» lr,.l W 11“, it | Prl Aw m, TI| P B! Pol A1l s
- A J
7 [ | Fr T Rd Ac I
Lowest 121

Electronegativity



N—H

N is more electronegative than H
<~
F—N
F is more electronegative than N

>
|—ClI

Cl is more electronegative than |

122



(b) Bond polarity:
H-N , H-O , H-C

So, Bond polarity:
H-C < H-N < H-O

123



@“‘“ MOLECULAR POLARITY

1 Net imbalanced of charge

1 e-rich regions (6—) and e- poor regions (6+)

electron rich

electron poor §
| region

region

Chloromethane (CH-Cl)

124



@7“‘ DIPOLE MOMENT (p)

d Quantitative measure of molecular polarity

_n=Qxr
Q: charge

r: distance between charges

1 D (Debye) —_ 3.36 X 10-30 C m Chloromethane (CH4Cl)

Peter Joseph William Debye (1884-1966). American chemist and ph)}éﬁlcist.



unlt

a5 RESULTANT DIPOLE
(&~ MOMENT

1 Determined by molecular shape and bond
polarity

c nu#0 = polar

« nu=0 = nonpolar



EXAMPLE:

Aelectronegativity = 0
=20

|, is a nonpolar molecule

127



EXAMPLE:
<~

Cl—IS  p#o0

Aelectronegativity # 0
n#0

ICl is a polar molecule

128



EXAMPLE:

—t +—

0=c=0

CO, shape: linear

The C-O bonds are polar but the two bond dipoles
cancel each other

Resultant dipole moment, n=0

CO, is a nonpolar molecule



EXAMPLE:

—i P
Q=C =.S. resultant n #0

OCS shape: linear

The C-0 and C-S bond are polar and the two bond
dipoles do not cancel each other

Resultant dipole moment, n#0

OCS is a polar molecule



EXAMPLE:

i}

B
o F?\é}. resultant p # 0

BF,Br shape: trigonal planar

The B-F and B-Br bond are polar and the three bond
dipoles do not cancel each other

Resultant dipole moment, p# 0

BF,Br is a polar molecule



@‘ [Example 3 J

Which of the following molecules have a
dipole moment (polar molecule) ? Explain.
H,O or CCl,



@; [Ans Example 3 J

*/SOQ} resultant n #0

H

Shape = bent

The O-H bonds are polar and the two bond dipoles
do not cancel each other

Resultant dipole moment, pn#0

H,O is a polar molecule



(’}“’

@“"'; [Ans: Example 3 ]

‘I resultant p =0
:gl/ IZ CI3
:Cis
Shape = linear

The C-CI bonds are polar but all four bond
dipoles cancel each other

Resultant dipole moment, n=0

CCl, is a nonpolar molecule



@' SUMMARY

1 A molecule will be nonpolar if:

 The bonds are nonpolar

EXAMPLE:
s Cl—cCl?

a nonpolar molecule

135



1 A molecule will be nonpolar if:

 No lone pair in the central atom and all
the surrounding atoms are the same
(the molecular shape is a basic shape)

EXAMPLE:
:F Fe
[ ] ) B o0 o0 B [ 1 J
tE7 tF” e

a nonpolar molecule a polar molecule ..



1 A molecule in which the central atom has
lone pair e- will usually be polar with few
exceptions

EXAMPLE:

¥ Qop
H/ H

a polar molecule a polar molecule



EXAMPLE:

a polar molecule

a polar molecule

138



* EXxception:

a non polar

139



@; [Example 4 ]

Predict whether each of the following molecules
is polar and show the direction of bond polarity
and net dipole moment.

(a) Boron trichloride, BCl,
(b) Hydrogen bromide, HBr



@“'“‘ [Ans Example 4 J

(a) BCl,

B-CI bonds are polar but
the two bond dipoles cancel
each other

nu=0
BCIl; is a nonpolar molecule

H-Br bond is polar and the
bond dipoles do not cancel
each other

n#0

HBr is a polar molecule



4.3 ORBITAL OVERLAP AND HYBRIDIZATION

Teaching and learning outcomes

At the end of the lesson, student should be able to

4.1 Orbital overlap and hybridization

a) lllustrate the formation of sigma (o) and pi (ir) bonds
from overlapping of orbitals. (C4)

b) Describe the formation of hybrid orbitals of a central
atom: sp3, sp?, sp, sp3d, sp3d*?.(C1, C2)

c) lllustrate the hybridisation of the central atom and the

overlapping of orbitals in molecules. (C4)




Gl

.
Orbital Overlap

& =l

Hybridization

HhdR R

orbitals

molecule

BRI

Bl

—— Describe the formation of sigma (o)
and pi () bonds from overlapping

— Draw and explain the formation of
hybrid orbitals for central atom

L> sp, sp?, sp3, sp3d & sp3d?

Draw orbitals overlap and label
sigma (o) and pi (w) bonds of a



@ VALENCE BOND (VB) THEORY

1 According to this theory, a covalent bonds are
between two atoms is formed when a pair of
electrons is shared by two overlapping atomic
orbitals

EXAMPLE:

(>

1s 2p



£
%,

.ég:“’““ DIRECT ORBITALS OVERLAP

d Atoms in simple molecules or ions such as
H,, HF, N,, normally use pure s and/or p
orbitals in forming covalent bonds

EXAMPLE:

s orbital overlaps with s orbital

p orbital overlaps with p orbital

s orbital overlaps with p orbital



1s

1s

or

Each H atom has one unpaired
electron in its valence shell

Both H atoms are far apart

Atoms begin to interact as they
move closer to each other

As the two atoms approach each
other, their 1s orbitals overlap
and the electron pair spread out
over both orbital

H—
J-I\> Covalent bond



EXAMPLE: H, (hydrogen molecule)

1s 1s

147



EXAMPLE: HF (hydrogen fluoride)

H 1s v
F 152 2s22p5 ‘Tl Tl Tl @
,f\ 'S 2p

Of

l

L

148



EXAMPLE: F, (fluorine molecule)

F 1s?22s?2p° Tl Tl Tl
2s

T (T
2s




@ MODE OF OVERLAP

d Two types:

« End-to-end < sigma (o) bond

« Side-to-side < pi (%) bond

T
) %
1s 2p
end-to—end overlap side—to—side overlap

v (sideway)



&

@; SIGMA (c) BOND

d Resulting from end-to—end overlap

d Has highest e~ density along
the bond axis

] Allow free rotation

1 All single bonds are ¢ bond



EXAMPLE:

Overlaping between original orbital

© @><>

1s 1s

H<H bond HF bond

CI-=Cl bond

152



EXAMPLE:

Overlaping with hybrid orbital
e} 0)

() )

153



&

@ Pl () BOND

1 Resulting from side—to—side overlap
(sideway)

1 Has two regions of e- density
& one above and one below
the c—bond axis

EXAMPLE:




d One n bond hold two e- that move
through both regions of the bond

] 7t bond restricts the rotation

EXAMPLE:

@2

2p z 2pz

155



] Double bond consists of one ¢ bond
and one © bond

EXAMPLE:

# 0, has one © bond and one ¢ bond

156



EXAMPLE: O, (oxygen molecule)

O 1s22s22p* Tl Tl m 1
2s

O 1s22s22p? Tl Tl m
2S




d Triple bond consists of one ¢ bond and
two © bond

EXAMPLE:
® &
& T @

% N, has two n bonds and one ¢ bond

T

(o)

158






et
s

@m‘"[ﬂample 1 J

Adrenaline has the following Lewis structure:

H H 'i'
o—q
e // \ 00
H—O— c—C—C—N—C—H
SN
c=c, H H H
H—O: i

How many o and © bonds are in the molecule ?



/’ <

@W‘/ Ans: Example 1

H
H H
¥ [/ o H
cC—C H0 -
0o 77/6 d\\(c ol ©l

Total: 26 o bonds and 3 &t bonds

161



&

@; HYBRIDIZATION

d Mixing of two or more atomic orbitals
to form a new set of equivalent hybrid
orbitals

d The spatial orientation of the new
orbitals is caused more stable bonds
and are consistent with the observed
molecular shape



d Number of hybrid orbitals obtained equals
the number of atomic orbitals mixed

1 Type of hybrid orbitals obtained varies
with the types of atomic orbitals mixed

163



.§,“"7‘ TYPES OF HYBRID ORBITALS

Hybrization Type
I s+p sp

I s+p+p sp?
S+p+p+p sp3
I s+p+p+p+d sp3d

I s+p+p+p+d+d sp3d?



EXAMPLE: '
—SP >
: A
| /" ":‘
= ©+ P—— Hybridization
/ Spe‘n
s orbital p orbital

sp orbital1§5



Hybridize . >
@ W :
5 orbital p orbital r
Two sp hybrid sp hybrid orbitals
orbitals shown together

(large lobes only)

166



kg,

S px

-~ Hybridize to form four sp? hybrid orbitals S

. ¥

\L/

167



sp? hybrid orbitals
shown together
(large lobcc only)

Three sp?
hybrid orbitals

One s orbital

. “x e,

Two p orbitals

168
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~ziv DETERMINING TYPE OF
= HYBRID ORBITALS

4 Draw Lewis structure

2 Predict the e groups arrangement using
VSEPR model

3] Deduce the hybridization of the central
atom by matching the arrangement of
the e groups with the hybrid orbitals



171




e- Group e" Group Type of

Arrangement hybridization
2 linear Sp
3 trigonal planar sp?
4 tetrahedral sp3
5 trigonal bipyramidal spd

6 octahedral sp3d?



e e~ group arrangement Hybrid orbitals
group
2 N  semmeameeae linear sp
3 trigonal planar sp?
4 tetrahedral sp3
tri |
S J;g;:sta:nidal sp>d
6 octahedral sp3d?

173




@#"[Example 2 ]

Determine the hybridization state of the central
(underlined) atom in each of the following
molecules:

(a) SF,

(b) BeF,
(d) SiCl,
(e) XeF,



| o

@W‘/ Ans: Example 2

(a) SF, Lewis structure:

o0 PPS

:“\:e,. F: S: Electron—groups = 5
:"/ \7;: Hybridization of S = sp3d
o0 ( 1 J

(b) BeF, Lewis structure:

L o0
:f._ Be—f.: Be: Electron—groups = 2

Hybridization of Be = sp..



/’ <

@W‘/ Ans: Example 2

(c) SiCl,
:c'I:'I:
g f::l—Si—c'fl:

CI

(d) XeF,

Lewis structure:

Si: Electron—groups = 4

Hybridization of Si = sp?

Lewis structure:

Xe: Electron—groups = 6

Hybridization of Xe = sp3d?



.;:“""" sp HYBRIDIZATION

EXAMPLE: gaseous BeCl, 180°

e- configuration of Be : 1s2 2s? . o v "\ oo .
e- configuration of Cl : 1s2 2s2 3s23p5 °C| Be?ﬁ'
Valence e" in Be :

i Ground state: Tl
2s 2p
i Promotion of e: T T
_2s 2p
h'd
' sp hybridization: T T

sp orbitals empty 2p orbitals



sp hybridization

Energy
2p mix 2p
Sp
Tl hybridized Be atom
2s
iIsolated Be atom

one s orbital + one p orbital 2> two equivalent sp orbitais



Hybridization
>

two sp orbitals

one s orbital + one p orbital > two equivalent sp orbitals

179



# Energy level of the hybrid orbitals is in

Energy

1

2s
isolated Be atom

between the energy level of the pure orbitals

2p

1

1

sp

hybridized Be atom

180



180°
v\

...
G oes &

8(:3:I

1 Each Be—Cl (o) bond formed by:
Overlap of one sp hybrid of Be atom
and one 3p orbital of Cl atom

181



d Two equivalent sp hybrid orbitals that
lie 180° apart
= fwo e" groups
(from VSEPR theory)

1 e-group arrangement = linear

Molecular shape = linear

182



@ sp? HYBRIDIZATION

EXAMPLE: BF, SFe
e configuration of B : 1s? 2s? 2p’ ol
- - - . 2 2 5 0eC B ee
e- configuration of F : 1s2 2s2? 2p :.F./\)‘ Fe
Valence e in B: 1200 °
' Ground state: Tl T
2s 2p
' Promotion of e T T T
_2s 2p
YT
i sp? hybridization: T T T

sp? orbitals empty 2p orbital



sp? hybridization

Energy

mix

Tt
il P’

2s hybridized B atom

isolated B atom

one s orbital + two p orbital &> three equivalent sp? orbitals



. 4.
—_—x x

) S I"b ita I Hybridization =

A A A A
y y y y

p orbitals three sp? orbitals

one s orbital + two p orbital = three equivalent sp? orbitals

185



o0
oFeo

o0 O Y )
BN

120°

1 Each B-F (c) bond formed by:
Overlap of one sp? hybrid of B atom
and one 2p orbital of F atom

186



d Three equivalent sp? hybrid orbitals that
lie 120° apart
< three e groups
(from VSEPR theory)

1 e-group arrangement = trigonal planar

Molecular shape = trigonal planar

187



sp®* HYBRIDIZATION

EXAMPLE: CH, H
e- configuration of C : 1s2 2s2 2p? |g
e- configuration of H : 1s’ G/C..EE_ H
Valence e in C: H GI
. Ground state: Tl T T H
2s 2p
i Promotion of e: T T T T
. 2s 2p
Y
i sp3 hybridization: T T T T

sp? orbitals



sp® hybridization

Energy

2p g T 11T

sp?
T l hybridized C atom

2s
isolated C atom

one s orbital + three p orbital & four equivalent sp? orbitals



Formation of sp’ Hybrid Orbitals

1 //
7

2slorbital Hybridization _

Z
Yy
B /-—r

2p orbitals

four sp3 orbitals

one s orbital + three p orbital = four equivalent sp® orbitals

190



d Each C-H (o) bond formed by:
Overlap of one sp? hybrid of C atom
and one 1s orbital of H atom

191



d Four equivalent sp? hybrid orbitals that
lie 109.5° apart
< four e- groups
(from VSEPR theory)

d e-group arrangement = tetrahedral

Molecular shape = tetrahedral

192



EXAMPLE: NH,

e configuration of N : 1s? 2s? 2p3

e configuration of H : 1s’

Valence e"in N:

i Ground state:

i Promotion of e:

|
' sp? hybridization: Jl

1

2s 2p
1l T
2S 2p
D =

1

sp® orbitals

GNG
IS

H™ [, H
H

One of the sp?
hybrid
occupied by
lone pair e-



sp® hybridization

Energy

2p mix TlT T T

sp?
T l hybridized N atom

2s
isolated N atom

one s orbital + three p orbital = four equivalent sp? orbitals



One of the sp?

hybrid occupied G 0]
by lone pair e- /N""" H
N I o)
< 109.5°H

d Each N-H (o) bond formed by:
Overlap of one sp? hybrid of N atom
and one 1s orbital of H atom

195



d Four sp® hybrid orbitals that lie apart:
Bond angle < 109.5°
< four e- groups
(from VSEPR theory)

1 e-group arrangement = tetrahedral

Molecular shape = trigonal pyramidal

196



@"ﬁ Example 3

Describe a hybridization scheme for the central
O atom in the molecule H,0 that is consistent
with the molecular shape.

197



.,

@ Ans: Example 3

# Molecular Q @

e- configuration of O : 1s? 2s? 2p* shape:

e- configuration of H : 1s’ H % H
U < 109.5°
O atom:
@ Ground state: Tl Tl T T
2s 2p
% Promotion of e: Tl Tl T T
2s 2p ,

s sp? hybridization: |T| || |1 [t

sp® orbitals

198



N
\

@t Ans: Example 3 3

Energy

sp® hybridization

(RS LIl
2p mix Tl TlT T

sp?
T l hybridized O atom

2s
isolated O atom

one s orbital + three p orbital = four equivalent sp? orbitals



/’ <

@W‘/ Ans: Example 3

# Electron group
arrangement: tetrahedral

# Molecular shape: bent (V-shaped)

200



sp*d HYBRIDIZATION

EXAMPLE: PCI;

Cl
e configuration of P : 1s? 2s? 2p® 3s? 3p? c1< 1%
e- configuration of Cl : 1s? 2s? 3s23p° /P_Cl
b ci’le
Valence e in P: Cl
. Ground state: Tl T 1T 11
3s 3p 3d
' Promotion
of e T T T T T
3s 3p ), 3d

A I N O
hybridization: sp3d orbitals empty 3d orbitals




Energy

spd hybridization

3d

1l
3s

mix

isolated P atom

one s orbital + three p orbital + one d orbital
- five equivalent spd orbitals

3d

1

1

1

I

1

spd

hybridized P atom







, ClIe
®e P Ico' ..

| °ClI .
S oona 120 P apeC -
cisl

vne Cl 3p
orbital

1 Each P-Cl bond formed by:
Overlap of one sp*d hybrid of P atom
and one 3p orbital of Cl atom

204



d Five equivalent sp*d hybrid orbitals that
lie apart: Bond angle = 90°and 120°
< five e- groups
(from VSEPR theory)

d e group arrangement = trigonal
bipyramidal
Molecular shape = trigonal
bipyramidal

205
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e

@W‘I[Example 4 J

Describe a hybridization scheme for the central
S atom in the molecule SF, that is consistent
with the molecular shape.

Which orbitals of S atom are involved in
overlaps, and which are by lone—pair electrons?



/

@“‘“‘ Ans: Example 4 43

e configuration of S : 1s2 2s? 2p® 3s? 3p*

e configuration of F : 1s? 2s? 2p°

S atom:

@ Ground state:

# Promotion of
electron:

% spid

hybridization:

)
O'IG/F:
S
% Molecular o >E:
shape: Jj = IR
Tman
3s 3p 3d
tmnn
3s 3p_ 3d

1

T

|

1

1

spd orbitals

empty 3d




Energy

spd hybridization

3d

T

1l
3s

mix

isolated S atom

one s orbital + three p orbital + one d orbital
- five equivalent spd orbitals

3d

1

1

1

I

1

spd

hybridized S atom




P

@W‘/ Ans: Example 4

@ Electron group
arrangement:
trigonal bipyramidal

# Molecular shape:
seesaw 209



. Atoms of period 3 and higher can expand because
they have empty d orbitals

Valence e  in P:

i Ground state:

i Promotion of
e:

. spd
hybridization:

T
3s 3p 3d
ryrnmn
3s @/ . 3d
rrmnn

spid orbitals

empty 3d orkitals



@ sp’c? HYBRIDIZATION

EXAMPLE: SF; F
O
e- configuration of S : 1s? 2s? 2p°® 3s? 3p* F §I %F
e- configuration of F : 1s2 2s2 2p°® F/FG F

Valence e’ in S:

i Ground state: Tl TlT T
3s

3p 3d
I Promotion T T T T T T
of e:
38 3p _3d
' spd?
hybridization: T T T T T T

spd? orbitals empty 3d
orbitals



qurgy sp3d? hybridization

3d 3d

T mi [T T 7 10 |1

sp*d?
hybridized S atom

1l
3s
isolated S atom

one s orbital + three p orbital + two d orbitals
- six equivalent sp*d? orbitals



1 Each S—F bond formed by:
Overlap of one sp3d? hybrid of S atom and one
2p orbital of F atom o



d Six equivalent sp*d? hybrid orbitals that
lie 90° apart
& siX e” groups
(from VSEPR theory)

1 e-group arrangement = octahedral

Molecular shape = octahedral

214
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@“‘“‘ Example 5

Describe a hybridization scheme for the central
Xe atom in the molecule XeF, that is consistent
with the molecular shape.

Which orbitals of Xe atom are involved in
overlaps, and which are by lone—pair electrons?

215



/ o
/%,

@m‘ Ans: Example 5

Valence e- configuration of Xe

\/

e" configuration of F : % Molecular F/ \ F

1s2 2s? 2p°

Xe atom:

@ Ground state:

# Promotion of
electron:

i spid?

hybridization:

shape:

Tty

o5s 5p 5d
ottt 1y
S5s 5p od
(IR O
spid? empty-5d



A<
& Ans: Example 5 43

sp3d? hybridization

*" Energy
5d 5d
5p spid?
hybridized Xe atom
1)
5s
Isolated Xe atom 217




/’ 5

e
@ Ans: Example 5

2712 T e

% Electron group arrangement: octahedral

% Molecular shape: square planar

218



@“/'“‘ Example 6

Describe a hybridization scheme for the central
N atom in the molecule NH,* that is consistent
with the molecular shape.

219



..,......2’5%/ . 4.3
& Ans: Example 6

e configuration of N : 1s2 2s2 2p3 H

e configuration of N* : 1s2 2s2 2p? lo
e- configuration of H : 1s 9 O
Valence e"in N*: H

@ Ground state: Tl T T )
2s 2p

% Promotion of e: T T T T

2

# sp® hybridization: T T T T
sp® orbitals

220



d Each N-H (o) bond formed by:
Overlap of one sp? hybrid of N*
and one 1s orbital of H atom

221




d Four equivalent sp? hybrid orbitals that
lie 109.5° apart
< four e- groups
(from VSEPR theory)

d e-group arrangement = tetrahedral

Molecular shape = tetrahedral
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@uz,;; MOLECULES CONTAINING
oo

MULTIPLE BONDS

C,H;
ethane

C,H,
ethylene

CZHZ
acetylene

' Tetrahedral II'I II'I
" H-C-H about 109.5° H_-Cc-C-H
. sp3 |
P H H

: H H
i Trigonal planar R
. H-C-H is 120° LG

, H H
ISP
i linear

nedr- H—C = C—H

' H-C-H is 180°



¢ L
@=

BONDS IN C,H,

Ethylene (CH,=CH,)

e configuration of C : 1s? 2s? 2p?
e configuration of H : 1s’

Valence e" in C:

i Ground state:

i Promotion of e-:

; sz
hybridization:

1l

—

2s 2p
1 T 1
2s 2p |

1

1

T

sp? orbitals

H\% 5 C‘}"'
Ho ™ “H

unhybridized
2p orbital



sp? hybridization

qurgy
T T T unhybridized 2p
2p mix
TiTn
sp?

Tl hybridized C atom

2s
isolated C atom




c Framework in Ethene (C,H,)

H 1s H 1s
1s 1s
O C

sp?
sp? c
C sp2u sp> C
sp? sp?
e &l
1s 1s

H 1s H 1s
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TC Bond in Ethene (C,H,)

227



J All 6 atoms are in the same plane

d Overlap of the 2p orbitals restricts rotation
of C—C bond and cause ethylene takes
planar structure

228



d o-bond:
C-H: overlap sp?of C with 1s of H
C—-C: overlap of sp? of both C

d n-bond in C=C bond:
Overlap of unhybridized 2p of C with another
unhybridized 2p of C 229



GUAPTE 0.0 OUTRWIEN

— van der Waals T Dipole-dipole forces
— London forces

Hydrogen
bonding

—

— van der Waals T Dipole moment (DD)
—> Polarizability/size (LF)

—> Molecular shape (LF)
Hydrogen bond 7 No. of HB

— Electronegativity

Boiling point

—> Solubility

‘— Density of water 230




4.4 INTERMOLECULAR FORCES

Teaching and learning outcomes

At the end of the lesson, student should be able to

44 Intermolecular forces

a) Describe intermolecular forces (C1, C2)
i. van der Waals forces
» Dipole-dipole interactions or permanent dipole
» London forces or dispersion forces
ii. Hydrogen bonding
b) Explain factors that influence van der Waals and hydrogen
bond. (C2, C3)
c) Relate the effects of hydrogen bonding on the following
physical properties: (C2, C3)
I. Boiling point
ii. Solubility
iii. Density of water compared to ice




How does this substance
melt ?

>
heated

metal Metal
melting

232



METAL

d Metals have metallic structure where the
atoms are closely packed with each other

d Metallic bond is formed from the
electrostatic attraction between the
positively charged metal ions and the sea
of delocalised valence electrons

d Metals also have very high melting and
boiling point because they have strong

metallic bonding
233



Cross Section of a Metallic Crystal

nucleus & .
inner shell e- % ®-@- . O
e o .. ®
e- ®e- @ %
mobile “sea” O e- ©
of e- s -®® @
@ e- @ e- @ e. @
Electron Sea Model
Metal Melting point (°C)
Na 98
Mg 650
Al 660
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IONIC COMPOUND

d Made up positive and negative ions

 The oppositely charged ions are formed
through the transferring of electrons
from metal to non-metal

d lonic bond is formed from the
electrostatic attraction between positive
ion and negative ions in an Ionic
compound.

= Examples : NaCl, KCI, MgBr,

235



d The electrostatic attraction (ionic bond)
between positive and negative ions
strong. It takes a lot of energy to overcome
this attraction for the ionic compounds to

melt.

d lonic compounds have higher melting

point.

lonic Compounds

Melting Point (°C )

NaCl

801

CaF,

1423

MgO

2852

IS
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lonic bonding in

sodium chloride (NaCl)
1 ! -

sodium {Na)

chlonine (Cl) @

$%x '\0“

Solid NaCl Liquid NaCl
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COVALENT COMPOUND

d A covalent bond is formed when one
or more nonmetals combine with each
other to form molecules

1 Atoms (nonmetals) bonded by shared
electron pairs

= Examples :H,, O,, CO,, CH,, Si
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Simple covalent molecular structure

Water, H,O

In water (H,0), O and H atoms are held by strong
covalent bonds

Water molecule
® o

SO
HATH ¥

Hydrogen Oxygen Hydrogen
atom atom atom

Covalent bond
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1 The water molecules are held together by

stronger forces which is called hydrogen
bond

d During melting process, some of the
hydrogen bonds are broken. The solid ice
(water) changed to liquid water

240
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(b) Liquid water (c) Gaseous water (steam)

%)

& a i
v o Q » © %o ¢ o
@ T L6 P
+] @
. -3 /@ O\
© O ~ o
o @ © o

* During boiling process, water molecules (in liquid
water) need to overcome the stronger hydrogen bonds
exist between them and finally change to gaseous
water (water vapour)

Molecular size (molar weight) =18 g
Boiling point of water = 100°C 249
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Simple covalent molecular structure

Methane, CH,

In methane (CH,), C and H atoms are held by
strong covalent bonds

H

|
C ---H
il

\

Covalent bond 244

H




d CH,; molecules are held together by weak van
der Waals forces between its molecules.

4 During boiling process, CH; molecules need to
overcome the forces

] Less energy needed to overcome the weak van
der Waals forces.

 Therefore, CH, has lower boiling point
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Simple covalent molecular structure
Methane, CH,
Liquid CH, Gaseous CH,

"7 . 4

S B
% %
S I

a a_

Molecular size (molar weight) =16 g

Van der Waal
an aer THads TOT%€%  Boiling point of CH, = -161.49°C 245



[Types of forces}
I

Intramolecular Intermolecular
forces forces
Forces that hold atoms together Attractive forces between
in a molecule particles
i (atoms, molecules or ions)
lonic bond | ' |
Metallic bond
Covalent bond [ Hydrogen bond } Van der Waals
forces

Dipole-dipole Dispersion
forces Forces

(London forces)




INTERMOLECULAR
FORCES

Attractive forces between neighboring
particles (atoms, molecules or ions).

Exist when the molecules are sufficiently
close to each other.

248



€ van der Waals Force
(a) DIPOLE-DIPOLE (DD) FORCES

d Attractive forces between polar molecules

d The positive pole of one molecule attracts
the negative pole of another

o+ __O— S+ =~ S
P 2
,Gt} W \\ H'1 Cl
Dipole-dipole .

forces
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STRENGTH OF DIPOLE-DIPOLE FORCES

For a compound of similar molecular size:

* the more polar the molecule, the stronger the
strength of its dipole-dipole forces

* more energy Is needed to overcome
the forces between molecules

250



€@ van der Waals Force
(b) LONDON FORCES (DISPERSION FORCES)

1 Dispersion forces are caused by the motion
of electron in a molecule or atom

d The forces are weak, but exist in any
particles (non polar, polar molecule,
ion, atom,etc.)
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HOW DO THE LONDON
FORCES ARISE BETWEEN
MOLECULES OR ATOMS ?

252



(1) The electrons are distributed uniformly around
the nucleus

(2) At any instant, there may be more electrons
on one side of the nucleus
& jnstantaneous dipole

(3) When the atoms are closed together, the
instantaneous dipole in one atom induces
a dipole in its neighbors
% induced dipole

@ Attraction between instantaneous dipole—

induced dipole forms London Force
253



Example :
London Forces (D|sper5|on forces) between He

atoms
® €:39
 He He
A B

(nonpolar) (nonpolar)

(nonpolar)

Instantaneous dipole on atom A is caused by

uneven distribution of electrons 254



5 O+ O O+
He o =nhls L)
'\ \ He
LONDON FORCE
A B
Instantaneous dipole Induced dipole

The instantaneous dipole on atom A induces the
neighboring atom when they are very close.

The London force occurs as neighboring atoms attract
one another. It is significant when atoms or molecules

are very close to each other.
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Example :
London Force (Dispersion forces) between Ci,
molecules

© Cl ClI Cl ClI
@ © @ ©
Molecule A Molecule B
(nonpolar) (nonpolar)

5— B+
@ ( Cl CI
@ ©

A B (nonpolar)

At any instant, the molecule has an instantaneous dipole2s6




LONDON FORCE

A B
Instantaneous dipole Induced dipole

Instantaneous dipole on molecule A induces the

neighbouring molecule when they are very close,
causing the molecule to be attracted to each other.

This attractive interaction is called London force
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STRENGTH OF LONDON FORCE
4 Influenced by:

*+ Polarizability (size )

*+ Molecular shape

v’

258



*» Polarizability (Size)

J Depends on number of e, which correlates
closely with size / molar mass

- Molecules with bigger size / larger molar mass,
« Has more number of electrons,
* Polarizability of molecule increases,

« Stronger London force

259



Methane  Ethane Propane  n-Butane
16 g/mol 30g/mol  44g/mol 58 g/mol
—161.5°C  —88.6°C —42.1°C —0.5°C

Effect of polarizability (size) on boiling point of molecules

 Methane, ethane, propane and butane are nonpolar molecules

 London forces exist between their molecules respectively

« The strength of London forces is directly proportional to the
polarizability / (molecular size).

« More energy needed to overcome the London forces between
butane molecules. Thus, butane has the highest boiling point. 55,



*** Molecular Shape

d For nonpolar substance with the
same molar mass:

 larger surface area of molecules
* increase contact between molecules

« Stronger London force

261



J

C4Hyo
Butane C,H1,
(molecular weight = 58 g) 2-methylpropane
Boiling point =-0.5°C (molecular weight = 58 g)

Boiling point = -11.7 °C

Effect of molecular shape on boiling point of molecules

« Butane and 2-methylpropane are nonpolar molecules and have
same molecular size

 The surface area of butane is larger than 2—methylpropane.
Thus, it can form more London forces between molecules.

« The London forces between butane molecules is stronger

* More energy required to overcome the stronger forces. Thus,
butane has the highest boiling point 262


file:///upload.wikimedia.org/wikipedia/commons/7/76/Butane-3D-balls.png
file:///upload.wikimedia.org/wikipedia/commons/3/39/Isobutane-3D-balls.png

London Force VS Dipole-Dipole Force

d When the molar mass (molecular size)
of a nonpolar molecule is larger than
the polar molecule, London forces will be
stronger than the dipole-dipole forces.

EXAMPLE:
Mw:709 Mw154g
polar non polar
LF and DD LF

bp =-78.4°C bp = 76.5°C 263



© HYDROGEN BOND

d Force between polar molecules which
have :

1. Partially positive H atom bonded to
highly electronegative atom N, O or F

N-H, O-H or F-H

2. Partially negative lone pair electrons on
N, O or F of another molecules

264



o— o+ o-

I_.!’ O—-H vene Q\ H
G / W\ /
SR STENy

Hydrogen bonding in acetic acid

Hydrogen bonding in methanol 265



&=

Which is the correct example of hydrogen
bonding?

(a) (b)

(C) correct ( d)
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&=

Show the formation of Hydrogen bonds
between the each of the molecules given
below.

(a) CH,CH,OH

(b)  CHyC-NH,
0

267



(a) CH,CH,OH

@ﬁm&/ Ans: Example 2 -

268



qwe

@“‘“‘/ Ans: Example 2

(b) CH3C NH,

| CR *

H H H
| 5~ &+ 5| |
H C C N_H .......... N C_C_H
. I
O H H o H
H bond
OR o ’
I
N—H
'i' 5— &+ = '
H_C_C_N_H ........... O=C\/
| | C—H
H 0 H Hpond | 269



STRENGTH OF HYDROGEN BOND

h) Infderesregstitayi of the element :
N<OK<F

> Hydrogen bonding in H,0 is stronger than in
NH; because O is more electronegative
than N

270



(b) Number of hydrogen bonds

>  Although F is more electronegative than O, the boiling point of HF is
lower than H,0 because a molecules of H,0 can form more hydrogen
bonds than HF

180°

N
Foee -H—F

Hydrogen fluoride

H

1802 @

/o 2 ot
H H
i

Water 271



EFFECT OF HYDROGEN BOND

d On physical properties:
*+ Boiling point

 Solubility

N/

< Density

272



*» Boiling Point

d The boiling point of hydrides group 14, 15,
16 and 17 show the effect of hydrogen
bonding on boiling points.
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Boiling P sint (°C)

150

100

50

-50

-100

-150

-200

Period
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Hydrides of Group 14

 The boiling point increases gradually from CH,, SiH,,
GeH, to SnH, because the molecular size of the hydrides
increases when down the group

d The type of intermolecular forces exists in the hydrides
is van der Waals forces

 The strength of van der Waals forces is proportional to
the molecular weight of a substance.
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Hydrides of Group 15, 16 and 17

1 The boiling point for the hydrides is abnormal due to
the existence of hydrogen bonding in NH;, H,O and
HF.

1 The boiling points of NH;, H,O and HF are relatively
higher in their respective group.

d This is due to the hydrogen bonding is stronger than
van der Waals forces

d Much higher energy needed to break the hydrogen bond
before the molecules can separate and enter the gas

hase
P 276



Boiling point : NH; < HF < H,0

1 These molecules have comparable molecular weight

A F atom is more electronegative than O atom.
The hydrogen bond between HF molecules should
be stronger than H,0.

 However, H,0 can form more hydrogen bonds per
molecule. Thus, H,O has higher boiling point than HF.

 Hydrogen bonding in NH; molecules is weaker than in
HF molecules because N atom is less electronegative
than F atom. Thus, NH; has lower boiling point than HF.
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—— hydrogen bond

3 s

Water can form more hydrogen
bonds per molecule.
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0 The increase in boiling points from PH; to SbH; (Group 15),
H,S to H,Te (Group 16) and HCI to HI (Group 17) is due to
the increasing molecular size when going down the
group. Thus, the van der Waals forces increases when

down the group.
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een i miny!

# How to compare boiling point between two or more
substances?

Higher priority (dominant intermolecular force)

% Can H bond form ?

-

% Check the molar mass (London Force)

# If molar mass almost same,
check the presence of dipole—dipole
force or compare the molecular shape

280



d The stronger the intermolecular forces,
the liquid is less volatile (the lower its
vapor pressure), the higher boiling point

4 )

lower

" stronger | RN
attractive \_pressure )
. force 4 higher p

boiling
. point

BOILING POINT

ATTRACTIVE FORCE a

VAPOR PRESSURE
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» Solubility

d Polar molecules tends to dissolve in polar
solvents

1 Water is polar and able to form hydrogen
bonds

d Thus, polar molecules that can form

hydrogen bond with water tends to
be soluble in water
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Formation of hydrogen bonding between
polar molecule and water

H s—

H
H H
- 4 o+

g
H H

ethanol O\ dimethylether

H
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** Density Of Water

 In most substances the molecules in
solid are denser than its liquid but
the density of ice is less than water.

It results from the geometrical
arrangement of hydrogen bond in water.
Ice has an open, hexagonally shaped crystal
structure .

J When water freeze = volume increases
< density decrease
& jce floats in watze&l;



Ice
crystals
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(a) Solid water (ice)

(b) Liquid water

%)

3 &%
o o Q. @

S

Hydrogen
bonds

286



Hydrogen bond

—>

.
2
2
2
2
4
 J
’$
.

..
L 4
L 4
L 4
L 4
L/
L 4

.
o**
.
SR

00‘." H
0/
H
O
H H

' Open, hexagonally shaped ice (H,0)
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EXERCISE 1

What are strongest intermolecular force in a

sample of:

(a)
(b)
(c)

CH,OH

ccl,
HCI

288



ANSWER

a) CH;OH
» hydrogen bond

(b) CCI,
» London forces (Dispersion forces)

(c) HCI
» Dipole—-dipole forces

289



EXERCISE - 2

Which substance has the higher boiling point?

(@) CH,;CH,OH or CH;CH,CH;
(b) H,OorN,
(c) H,SorCH,

290



ANSWER

a) CH;CH,OH

b) H,0

c) H,S

291



GRIAPTER 2.3 : OVERNER

Electron sea model

— malleability

ductility

Lo

Electrical conductivity

Thermal conductivity

Band Theory

ll

No. of valence electron

Size of atom

Period 3, Group 1, Group 17 |




4.5 METALLIC BOND

Teaching and learning outcomes

At the end of the lesson, student should be able to

4.5 Metallic Bond

a) Explain the formation of metallic bond by using
electron sea model.
(C2, C3)
b) Relate metallic bond to the properties of metal: (C2,
C3)
I. Malleability
li. Ductility
lii. Electrical conductivity
Iv. Thermal conductivity




4.5 METALLIC BOND

Teaching and learning outcomes

At the end of the lesson, student should be able to

4.5 Metallic Bond

Explain electrical conductivity of metal by using band theory.

(C2, C3)
Explain the factors that affect the strength of metallic bond.
(C2, C3)
Relate boiling/melting point to the molecular structure, types
of bonding and intermolecular forces for element of (C2, C3)
i. Period 3
ii. Group 1
iii. Group 17




METALLIC BOND

= Flectrostatic attraction between the
positively charged metal ions and the
‘“sea of delocalised “valence electrons

* The electron sea model is used to
explain the metallic bond exist in metallic
elements such as Na, Mg and Al



“"ELECTRON-SEA” MODEL

charged
lons

Le.

nuclei @e-

and e

inner

energy se.

level
electrons. @ e-

@e-
° T ° o EE- o

& e-

Positively o o o o
@e- @e- g0
@e-

Delocalised outer energy level electrons.

296



o In the solid state, the metal atoms are
packed as close as possible.

d All metal atoms in the sample contribute their
valence electrons to form an “electron sea” that
Is delocalized over the entire solid.

Cross Section of a Metallic Crystal

nucleus & @ o s e- @
inner shell e e-® @ @° @
@e- @ = @ e- @

mobile “sea” U @ . ® @ @& 3
of & @@ “ @ - @

Electron Sea Model



Cross Section of a Metallic Crystal

nucleus &

inner shell e- e_@ e @ e @e- >
e- o~ @°
@ @ @ @
mobile “sea” @ ' e e-
of e- e- . ® @ @

@ e- @ e.- @ e- @
Electron Sea Model

J Metallic bond formed from the electrostatic attraction
between the positively charged metal ions (nuclei) and
the “sea of delocalized” valence electrons.

1 The sea of valence electrons is acting as ‘glue’
bonding the positive ions (which would otherwise repel
each other)



Example: “Electron-sea” Model

Group 1 Group 2

e
- nucleus —

S—— Valence—

-

Sodium, Na Magnesium, Mg




PROPERTIES OF METALS

J Lustrous in appearance

300



2 Most are solids with moderate to
high melting point and much

d ’Bbﬂl‘&"d&ﬂ irleimgr Bﬂ"‘ctmck or shatter

301



EI Maleale ’ flattened into sheet

d Conduct heat and electricity well in
both the solid and liquid states 302



Aluminum
| foil
A sheet of aluminum foil is made up
. of metallic bonds.
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melting point and much higher boiling point?
d Explanation:

* Melting point is moderate because the
attraction between moveable cations (nuclei) and
mobile e- doesn’t need to be broken during melting

* Boiling point Is higher because it requires
each cation (nuclei) and the mobile e- to
break away from the others

| the metallic bond Is strong enough

to resist separation of the atom
304



Why metals are malleable

and ductile?
d Explanation:

« Metal atoms form metallic bonds to many
neighbors.

 When a piece of metal deformed by
a hammer, the metal ions (nuclei) slide
past each other through the e- sea to
new positions.

 Changes in the positions of the metal ions brought
about reshaping the metal accommodated

by redistribution of valence elecrons. 208



The Metal Ions (Nuclel)
slide past each

90099
\\/ DIIID

) electron QQQQQ
sea — PPIDD
JIIIDY

External
force
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Ionic Compounds crack due to
Electrostatic Force

Like charges
repel

External

Crystal
cracks




Why metal conduct heat and
electricity well in both the

m—em e meadd B2
d Explanation: qU|d states ?

« Because metals atoms have mobile e-

308



BAND THEORY OF
ELECTRICAL CONDUCTIVITY

Band theory of solids

 The delocalized electrons move freely through
“band” formed by overlapping molecular orbitals.

* The electronic structure of a bulk solid is referred
to as a band structure

 When valence band (lower energy) and
conduction band (higher energy) overlapping,
allowing electrons to flow through the metals with
minimal applied voltage. 309



Electron Flow

N.i N.i Na Na )
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BAND THEORY

Band: An array of closely spaced molecular orbitals
occupying a continuous range of energy

Band gap: The energy gap between a fully occupied
valence band and an empty conduction band.

Conduction band: A band of unoccupied molecular
orbitals lying higher in energy than the occupied
valence band

Valence band: a band closely spaced bonding molecular
orbitals that is essentially fully occupied by electron °'!



BAND THEORY

Band theory of solids:

* electrons jump from valence band to conduction band
even at ordinary temperature and if this happens then the
solid conducts electricity.

* Conductivity depends on the gap between the valence
band and conduction band.

Conductors

There is no band gap
between their valence band
and conduction bands, since
they overlap. There is a
continuous availability of
electrons in these closely
spaced orbitals.

Semiconductors Insulators
have a small energy gap The band gap between the
between the valence band valence band the conduction
and the conduction band. band is so large that electrons
Electrons can make the jump cannot make the energy jump
up to the conduction band, from the valence band to the

but not with the same ease as conduction band.

they do in conductors. 312



A

Band structure of conductors,
semiconductors and insulators

&
W Conduction
onduction
band band
- s )

Metals

Conduction
band

Semiconductors

Small gap

A

Conduction

-

Insulators
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STRENGTH OF METALLIC

BOND
d Factor affecting:

€@ Number of valence e-

® Size of atoms:

@e®e@e@®
& @:0r®
©® 69,
F'0.0°¢



@ Number of valence e-

« More valence e-, more delocalized e-

« Attraction between positive ions (nuclei)
and delocalized e- stronger

« Stronger metallic bond
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Example:
Group 1 Group 13

- > = e X e/ 3
- nucleus —=

S—— Valence-7€

=

Sodlum, Na AIum|n|um, AI

 Metallic bond of Aluminium, Al stronger than
Sodium, Na




© Size of atoms :

e Smaller size

« Attraction between positive ions (nuclei)
and delocalized e- stronger

BT —

« Stronger metallic bond

|

g @ 90909 °°
@D PDPPOQOVOS
QDIPPP9@90

- stomic size increazes




- Across Period 3:

Element Na Mg Al
No. of valence e- 1 2 3

per atom

M.P (°C) 97.8 651 660

B.P (°C) 892 1107 2467

« More valence e-, more delocalized e-

« Attraction between positive ions (nuclei) and
delocalized e- stronger

« Stronger metallic bond, higher boiling point



Q r Atomic Radii of the Group 1 elements

g B revemmmsm—————

atomic

.................................................................

(nm)

014- oo [ ... B ... e

Li Na K Rb Cs

« The atoms in a metal are held together by the attraction
of the nuclei to electrons which are delocalized over the
whole metal.

 As the atoms increase in size, the distance between
nuclei and these delocalized electrons increases,
therefore metallic bond of the atom is getting weaker.,



Melting and Boiling Points of the Group 1 elements

(°C)

1000 -

 The decrease in melting and boiling points
reflects the decrease in the strength of each

metallic bond.

B Melting point
H Boiing point
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- Down group 17:

Halogen Melting point (°C) Boiling point (°C)
F; -220.0 -188.0
Cly -101.0 -35.0
Br -7.2 58.8
I, 114.0 184.0

* The melting and boiling point increase down
the group because of the van der Waals forces.

e The size of the molecules increases down the

group.

 This increase in size means an increase in
the strength of the van der Waals forces.




Thanks!

For Attention

See You The Next Chapter
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