Concepts of Chemical
Bonding and
Molecular Geometry
Part 2

David A. Katz

Pima Community College
Tucson, AZ



Molecular Shapes
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 The shape of a
molecule plays an
important role in its
reactivity.

By noting the number

of bonding and
nonbonding electron
pairs we can easily
predict the shape of
the molecule.



What Determines the Shape of a

Molecule?
 Simply put, electron
pairs, whether they be /Nonbonding pair
bonding or nonbonding, H—N—H

repel each other.

|
Bonding pairs / H
\

By assuming the electron
pairs are placed as far as
possible from each other,
we can predict the shape
of the molecule.



Electron Pair Geometry

e We sometimes refer to
e the electron pairs as
s B o electron pair domains.
I

A single bond is one
oo electron pair.

:B — A —B: A double or triple bond
°eo °eo °o shared between two

This molecule has four atoms counts as one
electron pair domains: electron pair domain.
two single bonds, one « A nonbonded electron
double bond, and one pair counts as one

nonbonded electron pair electron pair.



Valence Shell Electron Pair
Repulsion Theory (VSEPR)

“The best arrangement ‘

of a given number of .
electron domains is the
one that minimizes the
repulsions among
them.”




Number of Arrangement Electron pair Predicted i
electron pairs of electron pairs geometry bond angles e c ro n - a I r

1807

Geometries

These are the
electron-pair

Tewahedral 1095 geometries for two
through six
electron pairs

trgnal 10 around a central
atom.

Octahedral a0




Electron Pair Geometries

e Allone mustdois
count the number s
of electron pair &

domains in the - H,7N
Lewis structure. &
. The geome tl'y Wi" Lewis structure Eﬁf—;r}?;df;?am geometry

be that which
corresponds to
that number of
electron pairs



Molecular Geometries

H

Lewis structure Electron-domain geometry Molecular geometry
(tetrahedral) (trigonal pyramidal)

 The electron pair geometry is often NOT
the shape of the molecule.

 The molecular geometry is defined by the
positions of the atoms in the molecules,
not the nonbonding pairs.



Molecular Geometries

B "
* d
Within each o o B D
electron pair Tetrahedral
domain, there
might be more N
than one P o' N
molecular Trigonal
pyramidal

geometry.




Linear Electron Domain

Number Electron Number of
of electron pair Number nonbonded Molecular
pairs geometry of bonds pairs geometry Examples
2 m 2 0 B—{(@)—B O=C=0
Linear Linear

Cl =Be-Cl

* In this domain, there is only one molecular
geometry: linear.

 The bond angle is 180°

 Any element in Group lIA with 2 single
bonds is linear.

NOTE: If there are only two atoms in the molecule, the molecule
will be linear no matter what the electron domain is.



Trigonal Planar or Triangular
Electron Domain

Number Flectron Number of
of electron pair Number nonbonded Molecular
pairs Geometry  ©of bonds electron pairs geometry Examples

B
:'}l?':
3 3 0
B B

Trigonal planar

 There are two molecular geometries:

» Trigonal planar, if there are three single bonds: Group IlIA
elements with three single bonds are triangular.

> Bent, if one of the domains is a nonbonding pair.



Tetrahedral Electron Domain

Number Electron Number of
of electron pair MNumber nonbonded Molecular
pairs Geometry of bonds electron pairs geomelry Examples

B }|I
4 4 0 * }:\
3 ks B HE§ H

Tetrahedral Tetrahedral

3 1 : ! N
E- . B_ 1{-"1"‘\.
H

Trigonal
pyramidal

2 2 B_L F
Hyg

B
Bent

 There are three molecular geometries:
» Tetrahedral, if there are 4 bonding pairs: Group IVA elements

» Trigonal pyramidal there are three bonding pairs and one
nonbonding pair: Group VA elements

> Bent if there are two bonding pairs and two nonbonding pairs:
Group VIA elements



Tetrahedral Electron Domain

MNumber Electron Number of
of electron pair Number nonbonded Molecular
pairs Geometry of bonds electron pairs geometry Examples
)
)
4 4 0 ,fx
B Hi H
B
et Tetrahedral
B - Hy H
Trigonal
pyramidal
2 2 1‘.:!
B iy

Bent



Tetrahedral Electron Domain

Three important molecules

Tetrahedral

Trigonal-pyramidal Bent

-
d"‘
-

109.5° 107.5°

104.5°
Methane, {;Hd Ammonia, IfIHg Water, H,0
4 bond pairs 3 bond pairs .
. ; 2 bond pairs
no lone pairs 1 lone pair

2 lone pairs



Nonbonding Pairs and Bond Angle

Bonding electron pair
nonbonding pairs are physically

larger than bonding pairs. .|

* Therefore, their repulsions are Nuclei
greater; this tends to decrease
bond angles in a molecule.

e The electron densities of

Nonbonding pair

C N ’
H4H  H4TH
H 109.5° H 107° 1 104.5

methane ammonia

Nucleus



Multiple Bonds and Bond Angles

 Double and triple
bonds place greater

71\ 124 v electron density on
111.4°C=— O one side of the

\ central atom than do
/\&’124 3° single bonds.
Cl  Therefore, they also

affect bond angles.



Trigonal Bipyramidal Electron Domain

‘\900

 There is no equiangular
arrangement for five bonds to a
central atom.

 There are two distinct
positions in this geometry:
> Axial: 180° bond angle
» Equatorial: 120° bond angle

e To compensate for the smaller
bond angle between the axial
___—Axial bond and equatorial planes (90°), the

bond distances of the axial
| bonds are longer than the bond
\ distances of the equatorial
Equatorial
bond

bonds.



Trigonal Bipyramidal Electron Domain

There are four distinct
molecular geometries in
this domain:

of bonds electron pairs geometry Examples

» Trigonal
bipyramidal:

5 single bonds

> Seesaw:
4 single bonds, k :
1 nonbonded electron
pair

» T-shaped: 3 2
3 single bonds,

2 nonbonded electron
pairs

> Linear:

SF,

CIF,

X#F:

2 single bonds,
3 nonbonded electron
pairs



Trigonal Bipyramidal Electron Domain

Mumber Electron Mumber of
of electron pair Number nonbonded Molecular
pairs Geometry of bonds electron pairs peometry Examples

i
5 ] E‘ FCI_!;
ﬁl

Trigonal Trigonal
hip}lﬂiﬂa] bipyramidal

4 1 +EI SF,
ﬂ.

Sevsaw

B
T-shaped

§=

Linear

IHF:




Trigonal Bipyramidal Electron Domain

Lower-energy conformations result from having
nonbonding electron pairs in equatorial, rather than
axial, positions in this geometry.

The F-S-F axial bond angle is 186° instead of 180°.
The F-S-F equatorial bond angle is 116° instead of
120°.



Octahedral Electron Domain

 All positions are
equivalent in the s Gpiker i

nonbonded Muolecular
octahedral domain.

pairs Geometry of bonds electron pairs geomelry Examples
 There are three ;
molecular geometries: !

> Octahedral: i Octahedral
6 single bonds

n. -
b 0 5F,
B B

BrFs
B 3

w
=
=
=

» Square pyramidal:

5 single bonds,

1 nonbonded electron ; ” B : Yaby
pair Y

» Square planar: Square planer
4 single bonds,

2 nonbonded electron
pairs

Square pyramidal



Octahedral Electron Domain

Number Electron Number of
of electron pair Mumber nonbonded Maolecular
pairs Geometry of bonds electron pairs geomelry Examples

6 6 0 SF,
Octahedral
5 1 BrFs
Square pyramidal
4 2 ¥ XeF,

Square planar



Larger Molecules

In larger molecules, it

talk about the
geometry about a
particular atom
rather than the
geometry of the

makes more sense to |
III :C”):
molecule as a whole. T c R—H
H
Number of electron domains 4 3 4
Electron-domain geometry Tetrahedral Trigonal Tetrahedral
planar
Predicted bond angles 109.5° 120° 109.5°




Larger Molecules

This approach
makes sense,
especially because
larger molecules
tend to react at a
particular site In
the molecule.




Writing Lewis Structures

Cl—P—Cl

Cl

1.

Draw the structure
of the molecule
using the VSEPR

Theory.

Remember, the central
atom is the least
electronegative element
that isn’t hydrogen. (It
Is usually the element
that comes first in the
chemical formula.)



Writing Lewis Structures

Cl—P Cl 2. Find the sum of
I valence electrons of
C] all atoms in the
polyatomic ion or
molecule.
P C I » Ifitis an anion, add one
electron for each
3 negative charge.

> Ifitis a cation, subtract
one electron for each

5 + 3(7) = 26 positive charge.



Writing Lewis Structures

:(.j—P—C. e 3. Fill the octets

of the outer

o O ® o0
| atoms.

.Cl:
o 0
Keep track of the electrons:

26 — 6 (for three bonds) — 20 — 3(6) (for 3 chlorines) — 2



Writing Lewis Structures

s & 4. Fill the octet of

. (:::1—:.[). S (;.l e the central atom.

(in this example, the
| phosphorus atom)

Keep track of the electrons:

26-6=20-3(6)=2-2=0



Writing Lewis Structures

5. If you run out of
electrons before the
central atom has an
octet...

® ® &
...form multiple bonds
until it does.

AN
H—C—N > H—C=N:

Jg J




Writing Lewis Structures

6. Assign formal charges.

a) For each atom, count the number of valence
electrons normally assigned to that unbonded atom.
b) For each atom, count the electrons in lone pairs
assigned to that atom in the Lewis structure.
Add to that, one-half of the electrons in the bonds it

shares with other atoms. (For a single bond, 1
electron; for a double bond, 2 electrons, etc.)

c) Subtract the number of assigned electrons from the
number of valence electrons for each atom. The
difference is its formal charge.



Writing Lewis Structures

6. Assigning formal charges (continued)

As an example, we will consider two possible
structures for CO, :

O=C=0 and O-C=0

O::C::C)

a) An oxygen atom normally has 6 valence electrons.
b) Each oxygen in this structure has 2 lone pairs
assigned to it = 4 electrons.
Each oxygen has a double bond = "2 x 4 electrons = 2
The total number of assigned electrons = 6
c) Formal charge = 6 valence electrons — 6 assigned electrons
=0 for each oxygen



Writing Lewis Structures

6. Assigning formal charges (continued)

O

C

LI

Q

a) A carbon atom normally has 4 valence electrons.

b) There are no lone pairs assigned to the carbon.
The carbon has two double bonds =742 x 4 electrons x2 =4
The total number of assigned electrons = 4

c) Formal charge = 4 valence electrons — 4 assigned electrons

=0 for carbon

In summary:

Valence electrons:
—(Electrons assigned to atom):

Formal charge:

Q
6
6
0

Ol x| )
oo o @



Writing Lewis Structures

6. Assigning formal charges (continued)

Repeat the process for the second structure:

01T C==0:

The results are shown in the table below:

O==C==0 O+C=0

Valence electrons: 6 4 6 6 4 6

—(Electrons assigned toatom): 6 4 6 7 4 5
Formal charge: 0 0 0 -1 0 +1



Writing Lewis Structures

e The best Lewis structure...
»>...i1s the one with the fewest charges.

»>...puts a negative charge on the most
electronegative atom.

O C O O C=0:
Valence electrons: 6 4 6 6 4 6
—(Electrons assigned toatom): 6 4 6 7 4 5
Formal charge: 0 0 0 -1 0 +1

The first Lewis structure, O=C=0, is preferred
because it is the one with the fewest charges.



Writing Lewis Structures

e Which is the best Lewis structure for
the thiocyanate ion, shown below?

[(N—C=O0:]" [IN=C=0]"



Writing Lewis Structures

Urea, (NH,),CO




Writing Lewis Structures

Urea, (NH,),CO

1. Number of valence electrons = 24 e-

2. Draw sigma bonds
There are 7 bonds: 7x2=14e¢-



Writing Lewis Structures
Urea, (NH,),CO

3. Place remaining electron pairs in the
molecule
Each nitrogen needs a pair of non-bonded e-
Oxygen needs 6 e to complete its octet

O

I
H—l?l—C —I?I—H
H H




Writing Lewis Structures
Urea, (NH,),CO

4. Complete octet on C atom with double bond.

) ﬁ.,
H—$—C—$—H
H H

bonds: 8 x 2 =16 e (includes double bond) + 4 e- (nitrogens)
+ 4 e (oxygen) = 24 e-



Resonance

This is the Lewis +
structure we O
would draw for O/ \O

ozone, O,. o« e e



Resonance

 But this is at odds
with the true,
observed structure of
ozone, in which...

> ...both O—O bonds
are the same length.

» ...both outer oxygens
have a charge of -1/2.




Resonance

 One Lewis structure
cannot accurately
depict a molecule

Resonance Resonance
such as ozone. structure structure
« We use multiple 0O Ox

Nt o
structures, whichwe :Q° 0. €07 0

call resonance
structures, to
describe the
molecule.



Primary color  Primary color

% Yellow
\/

y

Resonance
structure

O O

S . . NN

To gl o' o7
\/‘

4

Ozone molecule

Resonance
structure

O:

Resonance

Just as greenis a
synthesis of blue and
yellow...

...ozone is a synthesis
of these two resonance
structures.

The actual ozone
structure is called a
resonance hybrid of
the two structures.



Resonance

e Shown below are the resonance structures for the

formate ion, HCO,"

e In truth, the electrons that form the second C—O
bond in the double bonds below do not always sit
between that C and that O, but rather can move
among the two oxygens and the carbon.

 They are not localized, but rather are delocalized.

QX

 S—

{ QX

H—C—O:




Resonance

e The delocalized electrons would be
represented on the diagram by a
dashed line:




Delocalized Electrons: Resonance

When writing Lewis structures for species like the
nitrate ion, NO;", resonance structures more
accurately reflect the structure of the ion.

The actual structure of the nitrate ion is a resonance
hybrid of the three structures.

Similar diagrams are used for species such as
carbonate, CO,%, sulfite, SO,%,, and formate, HCO,-



Resonance

 The organic compound
benzene, C;H¢, has two
simple resonance

N o N of structures.
;N 7 N\ :
H—G  ¢cH<—H-C c-H ¢ |tis commonly
VAN VAN depicted as a hexagon

with a circle inside to
signify the delocalized
electrons in the ring.

)~ O



Exceptions to the Octet Rule

 There are three types of ions or
molecules that do not follow the octet
rule:

»>lons or molecules with an odd number of
electrons.

>lons or molecules with less than an octet.

»lons or molecules with more than eight
valence electrons (an expanded octet).



Odd Number of Electrons

Though relatively rare and usually
quite unstable and reactive, there are
ions and molecules with an odd
number of electrons.



Fewer Than Eight Electrons

e o1 .o
» F. :F:O
| B
o B\ e +1 /B\ *.( 0e®
CF7 ONEY TETOEY OF

* Consider BF;:

» Giving boron a filled octet places a negative
charge on the boron and a positive charge on
fluorine.

» This would not be an accurate picture of the
distribution of electrons in BF,.



Fewer Than Eight Electrons

Therefore, structures that put a double
bond between boron and fluorine are much
less important than the one that leaves
boron with only 6 valence electrons.

~

Most important Less important



Fewer Than Eight Electrons

The lesson is: If filling the octet of the
central atom results in a negative charge on
the central atom and a positive charge on
the more electronegative outer atom, don’t
fill the octet of the central atom.

~

Most important Less important



More Than Eight Electrons

:Cl—P

 The only way PCI; can
exist is if phosphorus
has 10 electrons
around it.

e Itis allowed to expand
the octet of atoms on
the 3rd row or below.

» Presumably d orbitals in
these atoms participate
in bonding.



More Than Eight Electrons

Even though we can draw a Lewis structure
for the phosphate ion that has only 8 electrons
around the central phosphorus, the better
structure puts a double bond between the
phosphorus and one of the oxygens.




More Than Eight Electrons

 This eliminates the charge on the phosphorus
and the charge on one of the oxygens.

* The lesson is: When the central atom is on
the 3rd row or below and expanding its octet
eliminates some formal charges, do so.

T o —1 13- I s —1 18-
;0 {Q}

gs +1 o0 —1 i 0 oo-1

O—P—0: G=P—0:

-1 1 —1

ZQ: 2QZ




Covalent Bond Strength

Cl—Cli(g) — 2:Cl(g)

Most simply, the strength of a bond is
measured by determining how much
energy is required to break the bond.

 This is the bond enthalpy.
 The bond enthalpy for a CI—CI bond,

D(CI—CI), is measured to be 242 kJ/mol.



Average Bond Enthalpies

e This table lists the Single Bonds
average bond 2 e IR 3 mow
enthalpies formany ¢ & ~xrfr 2 oaw a-a w
different types of c—a mn N-B o2 meE
C—Br 276 S—H 339 Br—Cl 218
bonds. = 5 = s =
—l —Br —Cl
« Average bond S—H @ H_br % S-S 26 I 15
Si—Si 226 H—I 299 I—1 151
enth_a_lples are 2 =
positive, because ;—IC‘I B““d
- - ultiple Bonds
bond breaklng IS an CiC 614 NiN 418 O, 495
endothermic CoN 65 N0 &  s—0 =
process. =0 ™ I
C=0 1072




Average Bond Enthalpies

NOTE: These are Single Bonds

C—H 413 N—H 391 O—H 463 F—F 155
C—C 348 N—N 163 0—0 146
average bond C—N 293 N—O 201 O—F 190 ClI—F 253
- C—O0 358 N—F 272 0—Cl 203 Cl—Cl 242
enthalples, not C—F 485 N—Cl 200 O—I 234
c—cCl 328 N—Br 243 Br—F 237
absolute bond C—Br 276 } S—H 339 Br—Cl 218
C—I 240 H—H 436 S—F 327 Br—Br 193
enthalpies' the C—H <5 2 H—F 567 S—Cl 253 s
i ’ | H—Cl 431 S—Br 218 I—Cl 208
bonds in methane, Iz phx  SF M 1w F
CH,, will be a bit S0 33
. Si—Cl 464
different than the e
C—H bond in C=C 6l4 N=N 418 o 495
C=C 839 N=N 941 :
C=N 615 N=0 607 S=0 523
C=0 799
c=0 1072




Average Bond Enthalpies

Single Bonds
C—H 413 N—H 391 O—H 463 E—F 155
C—C 348 N—N 163 O—0O 146
C—N 293 N—O 201 O—F 190 CI—F 253
C—0O 358 N—F 272 O—Cl 203 Cl—Cl 242
C—F 485 N—Cl 200 O—I 234
e—Cl 328 N—Br 243 Br—F 237
C—Br 276 5S—H 309 Br—Cl 218
C—I 240 H—H 436 S—E 327 Br—Br 193
C—S 259 H—F 567 5—LC1 263

H—Cl 431 S—Br 218 I—Cl 208
Si—H 323 H—Br 366 S—S 266 I—Br 175
Si—Si 226 H—I 299 k—1 151
Si—C 301
Si—O 368
Si—Cl 464
Multiple Bonds
C=C 614 N=N 418 495
C=C 839 N=N 941
C=N 615 N=0O 607 523
C=N 891 418
C=0 799
C=0 1072




Enthalpies of Reaction

Another way to estimate
AH for a reaction is to
compare the bond
enthalpies of bonds
broken to the bond
enthalpies of the new
bonds formed.

Enthalpy (H)

@HOO

| @ Make
1 C—Cland H—CI
! bonds

(D Bre
C—H and Cl—Cl
bonds

|
AH1>0: | AH,<0
|

|
|
|
:
H :

AHIX{

9.+ H
- He” \"

AH_. . = ¥(bond enthalpies of bonds broken) —
Y(bond enthalpies of bonds formed)



Enthalpies of Reaction

CH,(9) + Cly(g) ——
CH,ClI(g) + HCI(g)

In this example:
one C—H bond and one
CI—CI bond are broken;
one C—CIl and one H—CI
bond are formed.

S)
By
=
g
5
o

HJ) + YH + o+
g 1
I
|
1 - @ mak

@ Break
C—H and C1—Cl “ C—Cl and H—ClI
bonds bonds

|
AH; >0 | AH,<0




Enthalpies of Reaction

So,

AH_, = [D(C—H) + D(CI—CI) — [D(C—CI) + D(H—CI)
=[(413 kJ) + (242 kJ)] — [(328 kJ) + (431 kJ)]

= (655 kJ) — (759 kJ)

-104 kJ



Bond Enthalpy and Bond Length

Bond Length (A) Bond Bond Length (A)

=
=
=
o

1.54 N—N 1.47
1.34 1.24
1.20 1.10
1.43 1.36
1.38 122
1.16

Il

1.48
121

oNe) ?ZZZ
Q0 0O0ZZ

1.43
1.23
1.13

OO QOGO

QOO ZZZAONON

« We can also measure an average bond length for
different bond types.

 As the number of bonds between two atoms
increases, the bond length decreases.



