COVALENT BONDING
[MH5; Chapter 7]

Covalent bonds occur when electrons are equally shared between two
atoms.

The electrons are not always equally shared by both atoms; these
bonds are said to be polar covalent.

We assume that only electrons in the valence shell are involved in
forming covalent bonds.

These electrons are simultaneously attracted to both nuclei; a
favourable, lower - energy, arrangement.

The nuclei are “insulated” from each other by electrons; so the
electrons feel attraction of 2 nuclei.

Two bonded atoms are in a lower energy state than two separate
atoms; resulting in the formation of a stable covalently bonded
molecule:

H@ + H@ - H (9
Two electrons are shared; a single bond is formed.

Lewis dot structure: HeXH - H—H

Since each H atom has electron configuration 1s', H atoms form only
onhe bond:

EXAMPLES:
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LEWIS STRUCTURES:; THE OCTET RULE [MH5; 7.1]

G.N. Lewis suggested the idea of the covalent bond by pointing out
that the electron configuration of the inert gases seemed to be
extremely stable.

His idea was that non metal atoms may share electrons to form
bonds; by doing so they acquire the same electron configuration as an
inert gas.

As only valence electrons are involved in forming bonds, first-row
elements Li through F form a maximum of four bonds, (4 electron
pairs), which fill the 2s and 2p orbitals.

* Lewis Structures are diagrams which show how many bonds there
are in a covalently bonded molecule and the location of any non
bonding electron pairs.

We sometimes use a generic notation to show how many bonds (and
possibly non bonding electron pairs) there are placed around a
“central” atom.

This is the AXE notation, where A represents the central atom, X
represents the number of bonds (or bonding pairs of electrons) and E
represent the number of any non bonding (or “lone") pairs of
electrons located on the central atom.

Methane; cH, (: Q:"JPJ HH S 1s!

" =
e \
Hae@exH  —> n-C—H
% \
H

B

oY,

—
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Ammonia: NH, N~ Jc? apa 3H : Is!

Non bordi
. CeeD
BxeN-xH — W—-N—H F"f%e-%
W \
H
MnLE

* By adding H', we change the NB pair into a bonding pair (without
changing the electron arrangement) adde Z FIF (o elettroms)
odoesh'+ cha.ge e H 3( 0.~

Ammonium ion; NH,"

r 0 -t - nNrn e il N-H
' \ Zhord ] B
H-N—H o~ b:::l“g i
‘-\\ oY\ N.'Jrojln ﬁA
L J Ay
Water; H,0 O .'o?s" JP,* O?H . }5,
H x.Q-)\ H —7 B _ﬁ— =
2E,

* H" may be added......Hydronium ion; H,O"
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Hydrogen Fluoride; HF

. o'la:‘aps q:)s!

Feah — pon

/ Bthiy Pa_/r/ 3 NBPI‘S o F

Neon atom; Ne 3 2 Q/O 6

: [;\:e: -4 'hmbm«d,iﬁ owS

* No unpaired electrons, no vacancies, so no fendency to bond
formation.
* This behaviour is summarized in the Octet Rule:

"Ina first - row element, bond formation does not go beyond a total
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of four e pairs (bonding + non-bonding) in the valence shell."
* There are 103 elements. The octet rule applies to only 8 of them -
but they include some important elements !
o s TSR [ e~ 47%‘ ‘:f i)CTY\dka
+ Second - Row elements are NOT limited by the octet rule because a
3d orbital is available.....they may form more than 4 bonds as the 3d
orbital allows for the formation of more electron pairs.

» All these examples contain single bonds - the sharing of one e pair.
*  Many compounds contain double bonds, which involve the sharing of
two pairs of electrons.......

EXAMPLE:
. e . 2
Carbon dioxide, CO, @ Dods QPJ d0. Jds QPL}

®

x‘x. oﬂ'x [$ 3
Ox:Q.% — O=c="p
wR

»

What is wrong with O—C—0 ?

& X . A R 13 7’)0 ater~ AHas
XKQ""@“*Q" o~ oot

-335-



* In the correct structure O = C = O, all electrons are paired up
through the formation of double bonds.

EXAMPLES:
4 H
b a =0 Ethylene
/ \

Formaldehyde c O

|
H—-c-

A friple bond has 3 electron pairs shared.

EXAMPLES:
:N=N: Nitrogen gas, 4 pairs on each N
H-C=C-H Acetylene
H-C=N: Hydrogen cyanide

- 336 -



Note:
* Bond length ( = nucleus-to-nucleus distance) decreases in the order:

Single Bond > Double Bond > Triple Bond (for same linked atoms);

EXAMPLES:
0-2¢ i=2¢ ¢ =¢
0-15% ~nrm 0134 Arn 0 -130 N,
N- N N=N N=N
0145 nrn 0-/125 nrm 0-11D Nnm

Handy to Remember....

Mo /]  bovrd

D Q bon~ds A NB pairs
0+ 4 bords

N: 3 bonds, I NB ypr
F: | bord 3 NB
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Rules for writing Lewis Structures

1) Count the number of valence electrons of all atoms (and add or
subtract electrons for an overall -ve and +ve charge , respectively)

sice, NO,’ HCN BrO, -
— _ = |
- 34 - Ié 0 - 3&

2) Put the atoms in their correct relative positions.
To do this, you need to know which is the central atom.
This will usually be a unique atom and/or the heaviest atom or the
least electronegative atom.
The order of symbols will give the skeleton....... (eg. ).
It can't be H!l Then put in a skeleton of single bonds (—-).

EXAMPLES:
o
\
-5 — &L O—N-—O
| loe- - alae-)
(l = I&e -
3ae- - 4 (de) O
= AHe- \
H— C - N O \
10e- - a(de7) O
=pbe- e - "‘/{4‘?9
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3) Count up the number of valence electrons used in the bonds; it's 2
electrons per bond.
Subtract the number of electrons in the bonds from the total
number of electrons to find the number of non bonding electrons to
be distributed.
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4) Distribute the remaining electrons to first give octets to terminal
(end of chain) atoms (except H), then put the rest on the central

atom. oo

\
‘@—Br—Di
|

- 340 -

od o6

;O — N — O

: O:



5) Assign Formal Charges.
The Formal Charge on an atom is the difference between the
number of electrons an isolated atom has and the number assigned
to it in the Lewis Structure.
Assigned electrons include lone pairs on the atom, and the number
of electrons that the atom donated to the covalent bond. (This is
usually one electron.)

4

Q-5 - W :0 —N — O
(2 =5 - o C .
No [rsl chacts

©+ Doe

Note that the Sum of formal charges = overall charge on species
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6) If the central atom does not have an octet of electrons (at least),
convert lone pairs on terminal C, N, O or S atoms into pairs shared
with the central atom.

Doing this forms a double bond. (Do it twice for a triple bondl!)
Usually, the central atom will have a +ve Formal Charge and the
terminal atoms will have -ve Formal Charges.

So....if you have a +ve, a -ve, and a non bonding pair of electrons,
you can form a double bond. Jnr a

+ QD +CD = Vaouble bond
OS> o @

1 O — — O S — :"
@JN VD) = O0=N=0

O'.
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7) Does your structure make sense?
If there appear to be several possibilities for a structure, the most
stable is that with:
Formal charges as close to zero as possible;
-ve formal charges on the most electronegative atoms;
+ve charges on the least electronegative atoms.

MORE EXAMPLES:

NO,™: #e" = 9 'I'Q(b\-l'l =18¢- - J(&ﬂ.'>= l""é,‘

. Dl . .-
@:""‘N-}E’g =7 ‘,“O—N:‘Eé

AX, K
SO;: b + 3(6\ = qde- - 3(;1-)__ 2e - o

:%3,3@8:: = 0:5=0
P=8=C

2 :0:
NO3_ZCD S+ 3(‘0\"" = 2"’5-_. scu_)z 19¢ -
e .. LN
:'o' B N - Q:O 9" @ o) ,;Jo;.;i‘l.
‘ —__-=> 39" N=0O . roaX
go:@ \ ') P
- e :O:@ 4 bw
POS~ 54 4(6) +3e7 = 3y,-
10:C - 4(2) = ade-

O. '® .. oY
0 — P -0:0 > ..
; 2 = Gy _$_5.0

= Tig-P-o:

)
:9: - 343 - \
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Contributing , or Resonance Structures
We write contributing structures if more than one reasonable
valence bond structure is possible.

In the case of ozone: O, - 182~ 'J(JM‘> :ﬁé—

J
® . @ N O ® @
©)

Often, two or more equivalent contributing structures are possible,

differing only in the position of the electrons.

- 2Xtra wc‘)‘fﬁns \JJ.‘.) dOUﬂw
b ool

Ao ble Ao-rd/ MO VES arond
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For the acetate ion, CH,COO: .o
o} jop

v Vo
L\3Q—c—o:@ ) ABG—C,-::O

In fact both C-0O bonds are identical.

Neither Lewis dot structure is correct |

In practice each may be considered to be ‘contributing’ to the
actual structure (often called "resonance structures”) and the <
symbol is used to indicate this.

Actual structure is an average......

®,
RS
H.a - ¢c=p

o

MORE EXAMPLES:

Carbonate ion, CO,%: o e
10! ? O
\ &~ —
/ c ~ - 4(1 N 0O / C-\\
O 0. o.o O O o ©
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Benzene, C/H,: 1

Q C
l I & \ \
C- Y
U \ )
H u

Non-equivalent resonance structures......

:Q.:C::[\j@ CD:'O._CEN: Best

In general, the existence of resonance structures implies that the
species so described is of increased, or greater stability than might
be expected.

This is especially true in the delocalization of negative charge over
several O atoms. &OL’ -

= o PO:sib(Q afrueCfunl s

Stable anions mean strong acids:

/—JN03 — H4*  + NO

3
Hsoy —=an” + 3507

Finally, note that resonance structures must have exactly the same
nuclear positions/connectivity - you cannot move atoms around,
whereas you can move electrons around.
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Bond Order

Normally, the bond order of an atom - atom linkage is an integer: 1

forC-C, 2 forC-=Cetc.

In resonance structures, all the linkages for the same atoms are
identical, neither single or double bonds.

We assign these linkages fractional bond orders; in SO,*, instead
of 2 linkages of bond order 1, and 2 linkages of bond order 2; we
say each of the four linkages has bond order 1.5.

EXAMPLES:
5042—1 o
\
& o—3-o0
W
o
O;:
©),
20O
O o
NO;™:
o)
[El
Co  ®~p®
PO, ~
O
\| G
o —-—P~—-0

A o B.D.Q(szo} = ")t
QJBO 1 (5-0) = &
e B.O = __é_;_ =1S
H #H chds)

80 1 (0-0) =
71’80&(0 03..&

BO i =).9
=N
/Bo A(N=0 = oL
Bo t (N -d = 2
3

| o B0 A(P=0) =&
30/7250: (P-0) = 3

ﬂV' BO = 5 :I./'-‘

=0
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EXCEPTIONS TO THE OCTET RULE

Electron Deficient Molecules
Some molecules contain odd numbers of electrons.

EXAMPLES:

NO NO, ClO,, O,
Valence e~ 11 17 19 13

Obviously, all of these molecules will have an unpaired electron
somewhere......

These molecules are often called free radicals and are very
reactive !

NO . lle— - ae"(/bm\t[) = 98"

®@.. .o .
‘N- O 4 +N=O

- N xdl) has on un,oa/'/e(/ Q-

17" - o‘l(&z-> = ]3¢~

Ea——

N,
G2
N

¢+

S ®
- N .
. 7 ~ e
Q‘ s D N ) @ C?' (“/ O. @
&

N~ =
o / =~ O
60 Do !



There are a few compounds in which the central atom does not obey
the Octet Rule.....it is surrounded by 2 or 3 pairs of electrons
instead of 4 pairs of electrons.

The fluorides of beryllium and boron are BeF, and BF,.

Experimental evidence shows their structures as follows:

.. e~ prs

Z;éi — RBe —F° " around ) ELL
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Expanded Octets

*  As was mentioned earlier, second row elements do not have to obey
the octet rule; they can form more than four bonds.
We say that the central atoms in these molecules have expanded
octets.
These atoms have d orbitals available for bonding; this is where the
extra electron pairs are located.

EXAMPLES: . 2 3
o P:  3s 3/3
T 1 a_ a1,
T - '\P \/F 3 3\:
. a_- 4qa_1_1_ _ I
s 3’P 3d
SCQ(,: . Q ""
@ ) w AL AL A 1-
0 7 3‘ T 3s *¢
w ,\_ ('_. 4_ ,'- (‘- ,‘- _
CIF, =2 > 4
5




MOLECULAR GEOMETRY; (VSEPR Theory) [MH5; 7.2]
Lewis structures tell us the number and type of bonds around a
central atom; also the location of any non bonding electron pairs.
They do not tell us the 3 - D arrangement of either the bonding or
non bonding electron pairs around the central atom.
The Valence Shell Electron Pair Repulsion Theory (commonly known
as "VSEPR") was developed to predict molecular stereo-chemistry,
or 3 - D shape.
VSEPR Theory is based on four main assumptions:

1) Electrons, in pairs, are placed in the valence shell of the "central”
atom.

2) Both bonding and non-bonding (NB) pairs are included.

3) Electron pairs repel each other and try to obtain the maximum

possible separation.

4) NB electron pairs repel more strongly than bonding pairs.

Molecular or ionic shapes are therefore determined by the total
number of electron pairs in the valence shell of the central atom.
To find the number of electron pairs:

1) Add up the # of valence electrons on the free central atom.

2) Add 1 for each singly bonded atom.

3)Add 1 for each -ve charge; subtract 1 for each +ve charge.

4) Divide by 2 (to get number of electron pairs!)

5) NOTE: This does not work if there are terminal Oxygen (or

Nitrogen) atoms in the molecule....you must use Lewis structure rules
!
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EXAMPLES:

Bee, B o?SaJP’ = Je-
le-7am 200A 0/3 /erémds =3¢

TJotad = be- D 3pr
SFs=  § 7 b6 valenw €7

5 s-F bords
Total = 6 + 3 -1 = 10e” = Sps

-—

PFs P: 5 vaunw &~
5 P-F pords
Totad = 5 +5 = 10e° = Bpss

SCQ5; S .‘ -é- Vw/‘ 7] e -
S s-U bons

Total = 61'-__3_ -ri=lc§U" =é?rs
We will use the AX, E notation to describe the basic shape of the
molecule or ion; A represents the central atom and X represents the
terminal atoms, which are singly bonded to the central atom. "n"
indicates the number of terminal atoms.

For the moment, we will look at molecules that have no non bonding
pairs of electrons on the central atom, A. (So we will disregard E
for the moment.)

To see how this works, we will work through molecules

wheren=1....6.

- 352 -



1 pair; AX: a trivial case, the molecule is linear: H—H
2 pairs; AX,. the maximum separation is at 180°

EXAMPLE: BeCl, & de- + a(bmﬁs)
= He= 2 Qdprs

CQ—Bc - @/( oy
— 3
140 °

Only the electrons on the central atom Be determine the electron
pair geometry; other electron pairs on C{ are ignored.

The geometry (or shape) for this molecule is linear.

3 pairs; AX;: the maximum separation is at 120°.
The shape of this molecule is triangular (or trigonal) planar.
e e

EXAMPLE:  BF, B:3vl e- + 3 bonds

=wer =G@prs) g

v

‘ \}Oo
2 )
N
T =

Any distortion out of the plane would decrease the F-B-F angles....
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4 pairs; AX, this is a three dimensional molecule with bond angles
of 109.5°,

The shape of this molecule is called tetrahedral.
A e 0

exampLle: cH, C: Hvel ¢= + 4 bords

e =lpd Ay

6H
\00"( |
C- i (|
TR\

I

5 pairs; AXs: the trigonal bipyramidal shape
ExampLE: PF, P: Jvale- + 5 bonds

- = 1De- = 5‘/ors A\{

a0 | — 2
/ w F

FLPY) 0
\ ‘\bf} )20
'\':

T

There are two pyramids stuck base to base.
There are three equatorial X atoms in a planar triangle and two axial
X atoms above and below the central atom.
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6 pairs; AX, the octahedral geometry

EXAMPLE: sF, J . 6bvele- + bonds

= - faer AY,
/5‘\ ol ?0'47&5

The octahedron consists of two square based pyramids; base to
base.
It has 8 faces, 12 edges and 6 corners.

What happens when there are non bonding pairs of electrons located
on the central atom?

VSEPR theory is easily expanded to determine the shapes of these
species.

The geometry of the electron pairs is roughly the same as what we
see when only single bonds are involved.

Because non bonding electron pairs take up more space than do
bonding pairs, the angles for the bonding pairs will be a bit smaller.
The actual shape, or geometry, of the molecule will be quite
different when non bonding electron pairs are present.

The number of non bonding electron pairs will influence the shape of
the molecule.

To determine the shapes of molecules containing non bonding
electron pairs on the central atom, we expand our AX, notation.......
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Determine the total number of electron pairs around the central
atom as before.

Subtract the number of bonding pairs (indicated by the number of
bonds, or terminal atoms) from the total number of electron pairs.
The difference is the number of non bonding electron pairs, which is
denoted by E.

, 2 3
EXAMPLE: NH, N - ds &/)

-

Total number of electrons:
5 valtnu L” [N> + Je- (AhM(S)
= 8 g = = i‘]leS

Number of bonding pairs: I N - H bO‘htlS

o é_ borw’iﬁ Inr§

Number of non bonding pairs:

4 -3 =

<

Notation is:

AY, &

This indicates 3 bonding pairs and [ non bonding pair-.

Now we will look at all the combinations of bonding and non bonding
pairs for our previously determined shapes..................
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* 2pairs; AX, or AXE: both must be linear

EXAMPLES:
BeF, . _ _
F—Be - F AY 3 (ae Rr N

B B dem 4ilbed) = Hem = 2pes
‘R-T AXE \g.,,!:rsl-n b.)

+ 3 pairs; AX;, AX,E, or AXE,

EXAMPLES: AY4

BF 13 = -
2 3W7 prs
\
B

£/ \\: 77/'a,,z7w£a.r 2 T*:inuﬂ

flmr
s, A _
s = d bewdce Pfs
s Y
T I = Bont
NF

o6 _ fbr'
'0\0‘ F ... a wel ‘:j Ffs
AN Ka& S{l'nea.r
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* 4 pairs; AX,, AX;E or AXE,

EXAMPLES:
cct, = 6"\41—‘7 prs
C‘ﬂ AX 4
U B
A 4 \uz
NF,

/ N{'"F ﬂ\(éé
T
T
H,0 ] 60ﬂdl"d prs
%@ AY. &
d Jd
TNy T
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« 5pairs; AX;, AX,E, AX;E, or AX,E,

EXAMPLES:

z 5 B.wu‘7 pr3s A5
y 2

V) _:{:‘\‘0:: T.éo-md B;W(Md
< - | . b pair
5F_4' 4 Bmuv F’SJ f
K
- _?_ - H \(i_
4 s See Saud)
=
XeF; 3 Btmd,&j Prs ; Anb pairs
O RSN
F\‘ T shqlu.d.

l
|
H
D
><
(2
A%
v
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* 6 pairs; AX,, AX;E or AX,E,

EXAMPLES: A
SeCl, b md,uj /m_,'rs D
- b
(Jpq%' ca? we <:Q
A'S‘O— \\ g Oedahedrom
e
XeF; 5 ba-nd"’fﬁ pairs I nh Il
r 0, E
Ve, K3 F 5
dé\/ \S’Q(Mlé dlaﬁf\ld
t v
ICt, - 4 b,md,'ry prs, A nh prs
Ak, R
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Molecules with Double or Triple Bonds

In determining molecular shape, treat a double or triple bond like a
single bond.

An atom joined by a double bond occupies one "coordination site"
around the central atom.

Consider CO,, carbon dioxide...

The Lewis dot structure will be:

VSEPR predicts two bonds, 180 apart, and linear.
cooAY
A
-0 is wntrad aten
- eaech doubly bond Lounds

as a " pond
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Double bonds take up a little more space.
For example, carbonyl fluoride COF,:

WA e

0= \) 0% Uri a'nbe
— {
13 ° Planar

A planar triangular structure but the angles are not 120°

The carbonate ion, CO; *~, (isoelectronic with COF,) is also planar

triangular;
o 0 O
\ | — \
/ & N\ = = ¢ N / ¢ <
O O O O O ©

but here the bond angles are exactly 120° because of the three
resonance structures.

Similarly we deal with triple bonds.......

H-C=C-H a linear molecule



A molecule or ion may have both double bonds and NB pairs.

EXAMPLE:

Nitrite ion NO,- M X& ' Bernt "
5 NI N
S VAN O,
which is isoelectronic with ozone, O; nx _E‘-

but the bond angles are less than 120° due to repulsion from the
lone pair.
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MOLECULAR POLARITY [MH5;7.3]
If two different atoms are covalently bonded, the bonding electron
pair is not equally shared between them.
The atom with the greater attraction for the electron pair is said to
be more electronegative. S+ S-

H—F = H=F = H-—F

Electronegativity is a property of an element in a bonding situation,
not of an isolated atom.

It cannot be defined exactly; various scales have been described.
[MHD5; Table 6.5]

H B C N @) F
2.2 20 25 3.0 35 40
Si P S Ct
1.9 2.2 2.6 3.2
Se Br
2.5 3.0
I
2.7

This is only important for reactive, non-metallic elements.
Covalent bonds are therefore polarized with the more
electronegative atom bearing a partial negative charge.

S+  S- S—

H- QL .
O

é“]__\/ \Hé«l-
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Such molecules are affected by an electric field and will try to line
up.

The lower 'unaligned’ molecule will try to rotate in the electric field.

It has a "dipole moment” which can be measured experimentally.

A molecule of this type is a polar molecule.
e )

For a molecule to be polar, at least one polar bond must be present:
H—H 0=0 Ci— Ct

are non-polar molecules, not affected by an electric field.

However, a molecule may be non-polar because the effects of the
polar bonds cancel out.
This depends on the shape or molecular geometry.....

°° T oo
S- O— Q___Oé-

Linear molecules of this type are non-polar (the polar bonds are
™ N N

equal and gpposite),

But bent molecules..................

- 365 -



7;0.]\
6*\—1 X S

Here the bond polarities do not cancel out (vector sum is not zero),
and the molecules are polar.

MORE EXAMPLES:

T BF,
| Py A non-polar molecule.
3 The effect of three B-F bonds
B cancels out.
c / N c The molecule is planar.

NH,
A polar molecule because it
is non-planar, and the bond

dipoles do not cancel ! e N ",
AN, & H &
H

- 366 -



CHCI,

Polar, because C - H.
has a different polarity
from C - C(.

N

XeF, AX o ] e
Non-polar; bond dipoles

cancel in square planar
shape.

CH,
Tetrahedral, non-polar

H
\
Qll,‘
o0 - ‘ CL.
@

=

SF,
Polar, because shape
is irregular.

= ~F
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*  Check the following:

PF.: non-polar ﬂ)(s

PF,Cl; polar

P-F # P-cL

SF,: non-polar X ©

‘F

SF,Cl, BrF. polar

F
F% I . F
g 3
RAAE
cQ
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Overall polarity is ‘averaged out' in a set of resonance structures:

(oo R N, S0,> T-W\*
0]
I\ 0

U I
G 0o 4 N oG) S w,, 0@

|

o®

0%

Planar, non - polar Tetrahedral, non - polar
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ATOMIC ORBITALS: HYBRIDIZATION [MH5; 7.4]
How is molecular shape related to the orbitals in the valence shell ?

Q &
Consider methane, CH,; As l\b i - A

i3 AP
Carbon uses the 2s and 2p, 2p, and 2p, orbitals... < 1 - ',‘_; a

3 /f‘
A A
2s 2Py 2p,

These pictures result from plotting out the y? equation representing
each orbital.

But are the bonding electrons in CH, still in these orbitals ?
Applying the "logic" used earlier, we suppose an electron
configuration 2s' 2p,' 2p,' 2p,'.

That would give us the imaginary structure:

Ho(=)
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This is NOT the correct structure, which we know to be
tetrahedral !

What has happened is that the 2s and three 2p atomic orbitals are
hybridized, or mixed and averaged to give a set of four equivalent
sp’ hybrid orbitals arranged at the tetrahedral angles of 109.5 °.

/ or~ C
Each sp® hybrid orbital contains 2 electrons: o, LaLA
they may be bonding (in methane) or-...... 7(’;} ( m
both bonding and non bonding (as in NH. and H,0).

? ’ ’ ) u)ha-le.Ver)

4

”ll'
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Possible orbital combinations
There are five hybrid types only -

1) one s plus one p — sp hybrids
The two sp hybrid orbitals are
directed 180° apart.

Each can hold an electron pair,
bonding or non-bonding.
The resulting geometry is linear:

EXAMPLES: C(—Be — (I

H—C=C—H or 0=C=0
S o+ 7.3 —) J 5/’13
{o2 }Duf& ) /o
oL b ats .,Q/% over)
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L
2) one s plus two p = sp® hybrids o + "'ZP — J 70
There are three of these, 120° apart.
Three electron pairs can be accommodated. ~ / p_wze /0 03‘)1'-1#/

The molecular geometry is planar triangular. Lo over

EXAMPLES:
BF; T
\
/ 8 N
F =
co, = 0@ 0O
ﬁ = ! — |
C C
GO/O’\@ O¢ \O@ QO/ S0

3) one s plus three p = sp® hybrids
Already described for methane.
With sp® hybrids, the electron pair arrangement is always
tetrahedral, but the shape may differ if NB pairs are present.

EXAMPLES.:
6:4 Ay NH,  AY,E HO  P\.E,
\ . o
a Vg, N l"l, ° O.
Vv g A H H/ ‘ H H 7N
H H &
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4) one s plus three p plus one d = sp°d (or dsp’ )
The electron arrangement is always trigonal bipyramidal

(5 electron pairs) /9 +3/> +1ld — 5 5’334 5 QX
o
EXAMPLES:

PR, (AL sF, (Dt qE) CIF, (q*i];b x;:riz (N:;E%\

=

\ v.?' Ve 0. e ! .
= -P F-5-F F-U-F : Ve
» F A : V
+ + F ¥ T
5 B 4BP,INB 3BP,2NB 2BP 3NB

5) one s plus three p plus two d = sp°d? (or d?sp’)
Here the electron arrangement is octahedral, with 6 electron pairs.

' *3p + A —5 b sp*d? = DX

EXAMPLES:

SF, (gxb CIF, (D‘L.SE\) XeF, W\\R\

F Id -
\ \
? ve ) ‘ o ¢ 'F' “us, \\."F p ‘s of \\.\
v . F / F 4"V
¥ =g g =
6BP 5BP,INB 4BP,2NB
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The VSEPR approach uses hybrid orbitals....

To decide upon the hybridization at the central atom, look at the

total number of electron pairs on the central atom, counting one pair

for each bond (single, double or triple), and one pair for each NB
pair of electrons.
*  You need as many hybrid orbitals as you have pairs of electrons.

SUMMARY:

de- prs —> Asp  (AX)

8¢-prs — 3 5}32 (H)(3>
He-prs = Hsp”  (BX,)
Se-prs = 3 slbsd (I)Xs)
be-pfts ) b spsd& (m‘.)
S wmn &% QIID%OIH
|+ % +LO[ = #Q'Pfé
= 4 hdhn’d nbidals
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Hybridization and Multiple Bonds

Recall that when the geometry of a molecule is being determined, we
count a multiple (be it double or triple) as one bond.

We do this because the extra electron pairs in the double or triple
bond have no effect on the geometry of the molecule.

These extra electron pairs are not located in the hybrid orbitals;
and it is the hybrid orbitals that determine the geometry of the
molecule.

So where are those extra electrons, and how do they make a
multiple bond?

We'll look at alkenes first; for example, C,H,.

A H
\ /
0C=C

\»\/ gt

If we look at each carbon atom as a "central” atom, we see that
there are 3 bonds (counting the double bond as one bond).
What geometry (AXE) does this imply?

AY,

What type of hybrid orbitals are used for this geometry?

sp> (3 o thten )
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These 3 hybrids form three single, or sigma bonds

(o-bonds). - _etseqd I prs e Lechr on3
What happens to the p-orbital which was nof used in making the
hybrid orbitals?

= "_howses an eyira )oa.ir
?’ Llocte o s

U]

- et a "/Du.re ' /0 o.—b?ﬁu(
(i, not +ake pash in h(‘/hn'diw‘bl\)

These un-used p-orbitals are called pi (m) bonding orbitals and are
™ ——
located above and below the sigma bond axis.

The overlap of these orbitals creates another bond, the m bond.

It is the sum of The’a_ and s bonds that creates what we call a
"double bond".

| - W spl J\((j Arid
“"a—0 okt d s

H/H \H (o bord)
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A similar approach can be used with alkynes (a triple bond); eg, C,H,
GLu.u. r
H-C=C-H " 2-prs n

Q sp pdi.v.ds

What is the AXE type for this molecule?

A%,
What hybrid orbitals are being used to form o bonds?

-l SP L.udlgrs'ds — .fxm s bovds

How may pi bonding orbitals are there?

- B bondl':zz nbctads (o AL
pL R nbtls )

O;L_Oﬂ o bords

Q—c — 4

M bord
%a.o T

A triple bond consists of one o and two m bonds.
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