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Chemical Bonds

• Three basic types of 
bonds:
Ionic

• Electrostatic attraction 
between ions

Covalent
• Sharing of electrons

Metallic
• Metal atoms bonded to 

several other atoms



Chemical Bonds
• Of the three types of 

chemical bonds, ionic and 
covalent bonds are most 
common.

• These are considered to be 
extreme forms of connecting 
or bonding atoms:

• Ionic - complete transfer of 1 
or more electrons from one 
atom to another

• Covalent - some valence 
electrons shared between 
atoms

• Most bonds are 
somewhere in between.



Ionic Bonding



Forming an ionic compound
Metal of low IE

Nonmetal of 
high EA

2 Na (s)  +  Cl2 (g)  2 Na+ +  2 Cl-



Forming an ionic compound

Na [Ne] 3s2  Na+ [Ne] 3s0

Cl    [Ne] 3s2 3p5  Cl- [Ne] 3s2 3p6

The Na+ and Cl- are held together by the 
electrostatic attraction of the two ions.  
This electrostatic attraction is the ionic 
bond



Forming an ionic compound

Ionic compounds, such 
as sodium chloride, do 
not form molecules, they 
form ionic crystals. 
This structure is called a 
crystal lattice



Forming an 
ionic 

compound

Ionic compounds, 
such as sodium 
chloride, do not form 
molecules, they form 
ionic crystals. 
This structure is 
called a crystal 
lattice



Energetics of Ionic Bonding

Previously, it was 
noted that the 
ionization energy for  
sodium is 495 
kJ/mol. 



Energetics of Ionic Bonding

349 kJ/mol of that 
energy needed to 
ionize a sodium 
atom is supplied 
by giving electrons 
to chlorine. 
That energy is 
called the electron 
affinity.



Energetics of Ionic Bonding

• These numbers 
don’t explain why 
the reaction of 
sodium metal and 
chlorine gas to 
form sodium 
chloride is so 
exothermic!



Energetics of Ionic Bonding

• The missing 
energy, which is 
unaccounted for, is 
the electrostatic 
attraction between 
the newly formed 
sodium cation and 
chloride anion.



Lattice Energy
• This third piece of energy is the lattice 

energy:
The energy required to completely separate a mole 
of a solid ionic compound into its gaseous ions.

• The energy associated with electrostatic 
interactions (the forces which hold the crystal 
lattice together) is governed by Coulomb’s 
law:

Eel =  Q1Q2
d

where:  Q1 and Q2 are the charges of the ions
d is the distance between them 
 is the Coulomb’s Law Constant



Lattice Energy
Since lattice energy is a function of the charges on the 
ions, then lattice energy increases with the charge on 
the ions. 

(compare Group I with Group II compounds.)

Lattice energy 
also increases 
with decreasing 
size of ions.

(compare Li thru 
Cs compounds)



Lattice Energy



Energetics of Ionic Bonding

By accounting for all 
three energies 
(ionization energy, 
electron affinity, and 
lattice energy), we 
can get a good idea 
of the energetics 
involved in the ionic 
bonding process.



Ionization of Na  →

← Electron affinity of Cl 

Conversion of Cl2
to Cl atoms           →

Conversion of solid 
Na to gaseous Na  →

Energy of net reaction →

We break the 
process into 
steps



Energetics of Ionic Bonding

• These phenomena 
also helps explain the 
“octet rule.”

• Metals tend to stop losing electrons once they 
attain a noble gas configuration because energy 
would be expended that cannot be overcome by 
lattice energies.

• Once a noble gas configuration is obtained, the 
ion is said to be isoelectronic with the noble gas.



Covalent Bonding



Covalent Bonding
The bond is a result of the mutual attraction of 2 
nuclei for the same electrons.



Covalent Bonding

• In these bonds atoms 
share electrons.

• There are several 
electrostatic interactions 
in these bonds:
Attractions between 

electrons and nuclei
Repulsions between 

electrons
Repulsions between nuclei



Covalent Bonding

This is called a Heitler-London Diagram



Covalent Bonding



The Heitler-London Theory
or Valence Bond Theory

• Developed by Walter Heitler and Fritz London in 
1926.

• Heitler determined how to use Shrödinger’s
wave equation to show how two hydrogen wave 
functions joined together to form a covalent 
bond.

• Joined with London to work out the theory over 
the course of one night.

• According to valence-bond theory, unpaired 
orbitals in the valence shells of two adjoining 
atoms can combine to form a chemical bond if 
they overlap significantly and are symmetry 
compatible.

Walter Heitler

Fritz London



Lewis Structures

Lewis structures are representations of 
molecules showing all electrons, bonding and 
nonbonding.
The shared electrons can be represented by a 
pair of dots or a single dash.
Except for H, He, Li, Be and B atoms gain, 
lose, or share to achieve an octet of valence 
electrons.



Single Covalent Bonds
Bonding pairs = e- pairs shared between atoms.
Lone pairs or non-bonded pairs = unshared e-

pairs.
lone pair

lone pair

HOH
bonding

bonding

HOH

Note: These diagrams do not 
show the shape of the molecule.

Line = 1 pair of e-

Atoms will lose, gain, or share electrons to achieve 8 
valence electrons.  This is known as the Octet Rule 



2F = 2(7) = 14 valence e-

Share 2 e- to form octets
FF

HOHO + 2H = 6 + 2(1) = 8 val. e-

Two O-H bonds

HNH
H

N  + 3H = 5 + 3(1) = 8 val. e-

3 N-H bonds 

Single Covalent Bonds
Examples showing the octet rule:

The octet rule does not apply to H, He, Li, Be, and B 
(Elements with At. No. 5 or less).



Multiple Covalent Bonds
• Atoms can share more 

than a single pair of 
electrons

• A double bond is the 
result of two atoms 
sharing 4 electrons (2 
electron pairs)

• A triple bond is the 
result of two atoms 
sharing 6 electrons (3 
electron pairs)

Oxygen has a double bond

Nitrogen has a triple bond

NOTE: In reality, the electron pairs are not lined up as 
diagrammed above, they are arranged in 3-dimensional space



Multiple Covalent Bonds
• Double and triple bonds 

are commonly observed 
for C, N, P, O, and S

methanal

Sulfur trioxideTetrafluoroethene

Carbon dioxide



Multiple Covalent Bonds
• What is the effect of bonding and 

structure on molecular properties? 

Free rotation 
around C–C single 
bond

No rotation around 
C=C double bond



Multiple Bonds and Bond Length
• As the number of bonds 

between two atoms 
increases, the bond 
length decreases.

• A single bond is longer 
than a double bond.
 Thus, a double bond is 

stronger than a single 
bond.

• A double bond is longer 
than a triple bond
 Thus, a triple bond is 

stronger than a double 
bond.

Bond      Bond length

C–C    1.54Å

C=C    1.34Å

C≡C    1.20Å



Polar Covalent Bonds
• Although atoms often 

form compounds by 
sharing electrons, the 
electrons are not 
always shared equally.

• Fluorine pulls harder on the electrons it shares 
with hydrogen than hydrogen does.

• Therefore, the fluorine end of the molecule has 
more electron density than the hydrogen end.
Note:  These diagrams are called Electrostatic Potential Surfaces and 
represent the polarities in molecules



Polar Covalent Bonds
• When two atoms share 

electrons unequally, a bond 
dipole results.

• The dipole moment, , 
produced by two equal but 
opposite charges separated 
by a distance, r, is 
calculated:

 = Qr
Where Q is the charge = 1.6 x 10-19 coulomb

• It is measured in debyes (D).
1D = 3.34 x 10-30 coulomb-meter



Polar Covalent Bonds
• This unequal sharing of 

electrons was studied by Linus 
Pauling (1901-1994) in a series of 
papers published in 1931-1932

• In 1932, Pauling proposed a 
relative electronegativity scale: 

COORDINATES OF ELEMENTS ON THE ELECTRONEGATIVITY SCALE

H 0.00 Br 0.75
P .10 Cl .94
I .40 N .95
S .43 O 1.40
C .55 F 2.00

J. Am. Chem. Soc. 54 (September 1932): 3570-3582



Electronegativity:
• The ability of atoms in a 

molecule to attract 
electrons to itself.

• Electronegativity values 
range from 0 to 4.0
 This is an arbitrary scale 

• On the periodic table, 
electronegativity 
increases as you go…
…from left to right 

across a row.
…from the bottom to 

the top of a column.



Electronegativity:Increasing
electronegativity

Decreasing
electronegativity

Fluorine is the most 
electronegative 
element.



Electronegativity and Bond Polarity
• A pure covalent bond and an ionic bond are the two 

extreme cases.  In general, as the electronegativity
difference between two atoms increases, the 
percent ionic character of the bond increases.

• As a general rule:
If  ΔEN < 0.5, then the bond is mainly covalent 
If  0.5 ≤ ΔEN ≤ 1.5, then the bond ranges from weak       

polar to strong polar 
If  ΔEN > 1.5, then the bond is most probably ionic 

Covalent  •••••••••••••••••••••••••••••••••••••••••••••••••••••••••••••••• Ionic

Percent ionic character



Determining bond polarity:

EN 4.0 4.0 2.1   2.6 2.1    4.0 0.9   4.0

F–F H–Br H–F Na+ F-

ΔEN 0 0.5 1.9 3.1

The difference in electronegativity between the two atoms 
bonded together determines the bond polarity.
There is no sharp division line between covalent, polar, and ionic.



Polar Covalent Bonds
The greater the 
difference in 
electronegativity, 
the more polar is the 
bond.

The negative end of the molecule is the atom with the 
higher electronegativity



Polar Covalent Bonds
Electrostatic potential surfaces (EPS) are used to 
visualize 

Where the charges lie in molecules
The polarity of molecules

The HF molecule 
superimposed on 
the EPS surface

The HF molecule 
seen inside on 
the EPS surface

The EPS surface 
around HF 
The HF molecule 
is not visible

The boundary surface around the molecule is made up of all the points in space 
where the electron density is a given value (here 0.002 e-/Å3).
The colors indicate the potential (charges) experienced by a H+ ion on the surface. 
More attraction (a negative site) is red, and repulsion (a positive site) is blue



Polarity
• Just because a molecule 

possesses polar bonds 
does not mean the molecule 
as a whole will be polar.

• The shape and symmetry of 
the molecule will determine 
the overall polarity.

• In carbon dioxide, CO2 , the 
molecule is linear, the 
polarities of the bonds 
cancel out and the molecule 
is non-polar.



Polarity

• By adding the individual 
bond dipoles, one can 
determine the overall 
dipole moment for the 
molecule.

• The bent angle of a 
water molecule 
increases the overall 
polarity of the molecule.



Polarity

• In NH3, the shape and the nonbonded electron pair on 
nitrogen cause the nitrogen end to be negative and 
the hydrogen ends to be positive

• In NF3, the high electronegativity of the F atoms result 
in the N being slightly positive.  The overall polarity of 
the molecule is less than that for NH3 molecule.



Polarity

Carbonyl chloride, 
Cl2CO is polar with 
the O more 
negative than Cl.

Boron trifluoride Carbonyl chloride, Cl2CO

In methylamine, 
the molecule is 
polar and the 
region around the 
nitrogen is 
negative.

BF3 is not polar 
(but the B is 
slightly 
positively 
charged)



Polarity

• The EP surfaces show cis-C2H2Cl2 (left) is polar 
whereas trans-C2H2Cl2 (right) is not polar.  



Polarity
Why are these molecules polar or non-polar?



Polarity

•The polarities of molecules of the type AX3

•Their polarities are a result of shape of the molecule,   
its symmetry, and the electronegativities of the atoms   
bonded to the central atom.

phosgene



Polarity

The change in polarity (shown as dipole moments) in 
the methane to tetrachloromethane series



Molecular Shapes

• 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 
bonding or nonbonding, 
repel each other.

• 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
• We sometimes refer to 

the electron pairs as 
electron pair domains.

• A single bond is one 
electron pair.

• A double or triple bond 
shared between two 
atoms counts as one 
electron pair domain.

• A nonbonded electron 
pair counts as one 
electron pair.

This molecule has four 
electron pair domains: 
two single bonds, one 
double bond, and one 
nonbonded 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.”



The Valence Shell Electron Pair Repulsion 
(VSEPR) model is used to predict molecular shapes.  
Originally proposed in 1939 by Ryutaro Tsuchida (Japan) 
and 1940 by Nevil Sidgwick and Herbert Powell (Oxford). 
Developed by Ronald J. Gillespie and Ronald S. Nyholm
(London) in 1957.
Key ideas:
1. e- pairs stay as far apart as possible.

• Repulsions are minimized.
2. Molecule shape is governed by the number of bond 

pairs and lone pairs present.
3. Treat multiple bonds like single bonds.

• Each is a single “e- region” or “domain”.
4. Lone pairs occupy more volume than bonds.

Ronald J. Gillespie

Sir Ronald S. Nyholm



Electron-Pair 
Geometries
These are the 
electron-pair 
geometries for two 
through six 
electron pairs 
around a central 
atom. 



Electron Pair Geometries
• All one must do is 

count the number of 
electron pair domains 
in the Lewis structure.

• The geometry will be 
that which 
corresponds to that 
number of electron 
pairs.

• The bonds can be 
“seen”, the lone pairs 
are not visible.



Molecular Geometries

• 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.

The lone e- pair is not 
visible in the 
molecular structure.



Molecular Geometries
Within each electron 
pair domain, there 
might be more than one 
molecular geometry.

This is a result of the 
number of bonds vs. 
the number of lone e-

pairs.

Lone e- pair.  Takes 
up more space than 
a bond.



Linear Electron Domain

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

• The bond angle is 180°
• Any element in Group IIA 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

• There are two molecular geometries:
 Trigonal planar, if there are three single bonds: Group IIIA 

elements with three single bonds are triangular.
 Bent, if one of the domains is a nonbonding pair.



Tetrahedral Electron Domain

• 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



Tetrahedral Electron Domain
Three important molecules



Nonbonding Pairs and Bond Angle
• The electron densities of 

nonbonding pairs are physically 
larger than bonding pairs.

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

methane                  ammonia                     water
4 bonds                     1 nonbonded pair           2 nonbonded pairs



Multiple Bonds and Bond Angles

• Double and triple 
bonds place greater 
electron density on 
one side of the 
central atom than do 
single bonds.

• Therefore, they also 
affect bond angles.

• Treat multiple bonds 
as a single e- region.



Trigonal Bipyramidal Electron Domain
• 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
• To compensate for the smaller 

bond angle between the axial 
and equatorial planes (90°), 
the bond distances of the axial 
bonds are longer than the bond 
distances of the equatorial 
bonds.



Trigonal Bipyramidal Electron Domain
• There are four distinct 

molecular geometries in 
this domain:
 Trigonal 

bipyramidal:
5 single bonds

 Seesaw:
4 single bonds, 
1 nonbonded electron 

pair
 T-shaped:

3 single bonds,
2 nonbonded electron 

pairs
 Linear:

2 single bonds,
3 nonbonded electron 

pairs



Trigonal Bipyramidal Electron Domain



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 
octahedral domain.

• There are three 
molecular geometries:
 Octahedral:

6 single bonds

 Square pyramidal:
5 single bonds, 
1 nonbonded electron 
pair

 Square planar:
4 single bonds,
2 nonbonded electron 
pairs



Octahedral Electron Domain



Chemical
Bonding

Molecular Geometry
Predict the molecular shape of SeO3

valance e- = 6 + 3*6 = 24

OSe

O

O
••

••

••

••
••

••

••

••

Triangular planar shape 
(no lone pairs)

Triangular planar
e- region

Se               O



Chemical
Bonding

Molecular Geometry
Predict the molecular shape of XeF4

valance e- = 8 + 4*7 = 36

FXe

F

F
••

••

••

••
••

••

••

••

F••••••

••

Octahedral e- region
(lone pairs as far apart 
as possible)

Square planar
shape

Xe F 



Larger Molecules

In larger molecules, it 
makes more sense to 
talk about the 
geometry about a 
particular atom 
rather than the 
geometry of the 
molecule as a whole.



Larger Molecules

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



Writing Lewis Structures
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

2.  Find the sum of 
valence electrons of 
all atoms in the 
polyatomic ion or 
molecule.
 If it is an anion, add one 

electron for each 
negative charge.

 If it is a cation, subtract 
one electron for each 
positive charge.

P Cl3
5    +   3(7)   =  26



Writing Lewis Structures

3.  Fill the octets 
of the outer 
atoms.

Keep track of the electrons:

26  6 (for three bonds) = 20  3(6) (for 3 chlorines) = 2
These are the non-bonded 
electrons on each Cl



Writing Lewis Structures

4. Fill the octet of 
the central atom.
(in this example, the 
phosphorus atom)

Keep track of the electrons:

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

Each Cl has an octet of 
electrons, one bond and 
3 nonbonded pairs



Writing Lewis Structures

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

…form multiple bonds 
until it does.
Remember, you need 2 electrons to 
make a bond. 

 



Writing Lewis Structures
Phosphorus trifluoride, PF3

1. Draw the structure.
(P is the central atom in PF3 )

2. Find the sum of the valence electrons.
PF3 =   5 + 3 (7) = 26 valence e-

P (group 5A)
3 x F (group 7A)

FPF
F



FPF

F

Writing Lewis Structures
3. Build octets – start with terminal atoms.

6 + 20 = 26 e-

6 e- used in 3 bonds, 
20 e- remain (10 pairs)

Note:  P is in Group VA of the periodic table.  PX3 molecules will be 
similar in structure and shape as NX3 molecules



Writing Lewis Structures
Phosphate ion, PO4

3-

1. Draw the structure.
(P is the central atom in PO4

3- )

P (grp 5A) 4 x O (grp 6A) charge (-3) 3 e-

2. Find the sum of the valence electrons
PO4

3- =   5 + 4(6) + 3 = 32

O
OPO

O



Writing Lewis Structures
3. Add e- pairs (for -3 ion):

32 e- used.

8 e- used in 4 bonds, 
24 e- remain (12 pairs)

OPO

O

O

Add brackets and overall 
charge to show this is an ion.

OPO

O

O 3-



Writing Lewis Structures
6. Assign formal charges to each atom.

Formal charge is the charge a bonded atom would have if its 
electrons were shared equally.

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.

c)  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.)

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

Formal charge = (# valence e-) – [(# lone pair e- ) + ½ (# bonding e- )]

These are the assigned electrons



Writing Lewis Structures
6. Assigning formal charges (continued)

As an example, we will consider two possible structures 
for CO2 :  

O=C=O     and     O-C≡O

Start with the oxygen atoms
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 = ½ 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)

Determine formal charge of the carbon atoms.
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  = ½ x 4 electrons x 2 = 4
The total number of assigned electrons = 4

c) Formal charge = 4 valence electrons – 4 assigned electrons
= 0  for carbon 

In summary:



Writing Lewis Structures
6. Assigning formal charges (continued)

Repeat the process for the second structure:

The results are shown in the table below:



Writing Lewis Structures
• The best Lewis structure…
…is the one with the fewest charges.
…puts a negative charge on the most 

electronegative atom.

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



Writing Lewis Structures

• Which is the best Lewis structure for 
the cyanate ion, shown below?



Writing Lewis Structures

• Which is the best Lewis structure for the 
cyanate ion, CNO-, shown below?
(The formal charges for each atom is shown.)



Writing Lewis Structures

• Which is the best Lewis structure for the 
thiocyanate ion CNS- , shown below?
( Determine the formal charges for each atom.)



Writing Lewis Structures

• Which is the best Lewis structure for the 
thiocyanate ion CNS- , shown below?
(The formal charges are shown.)



Writing Lewis Structures
Which ClO2

- structure is preferred?

OClO OClO



Writing Lewis Structures

Urea, (NH2)2CO



Writing Lewis Structures

Urea, (NH2)2CO
1.   Number of valence electrons = 24 e-
2. Draw sigma bonds

There are 7 bonds:  7 x 2 = 14 e-

CN N H
HH

H

O

CN N H
HH

H

O



Writing Lewis Structures
Urea, (NH2)2CO

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



Writing Lewis Structures
Urea, (NH2)2CO

4.   Complete octet on C atom with double bond.

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



Alkanes = hydrocarbons with C-C single bonds.

Methane

e- density: red = high density ; blue = low density

Saturated hydrocarbons: each C is bonded to its maximum 
number of H.

Single Covalent Bonds in 
Hydrocarbons



Larger alkanes:

C C C C H

H

H

H

H

H

H

H

H

H

C
C

C

H

H

H

C

H

H

H

H

H

HH

butane

2-methylpropane
(isobutane)

Single Covalent Bonds in 
Hydrocarbons



Cyclic alkanes:

Single Covalent Bonds in 
Hydrocarbons



Alkane H-atoms can be replaced by other atoms:

Single Covalent Bonds in 
Hydrocarbons

1-chloro-2-methylpropane chlorocyclopropanechloroethane

H

H
C Cl

H
CH
H Cl

C
H
C
H

H

H
C HH

H
CCl
H

H



H-atoms can be replaced by functional groups:

Single Covalent Bonds in 
Hydrocarbons

ethane-1,2-diol
(ethylene glycol)

propane-1,2,3-triol
(glycerol)

ethanol
(ethyl alcohol)

H

H
C

H
CH
H

HC
OH

H
CH

H

OH
OH C

OH

H
CH

H

OH
HC

H

OH

-OH is the alcohol 
functional group



Multiple Covalent Bonds

Methanal (formaldehyde) H2CO 
1. Draw the structure
2. Valence e- =   2(1) + 4 + 6 = 12
3. 6 e- in bonds.

Add the other 3 pairs to O 
(the outer atom).
• Each H shares 2 e-

• C only “has” 6 e-.

OCH
H

Too few “dots” to complete all the octets?
Convert lone pairs to shared pairs.



Convert lone pairs to bond pairs.
Move one lone pair on the oxygen atom to 
form a double bond with the carbon atom.

OCH

H Each H shares 2 e-

C shares 8
O “has” 8

Multiple Covalent Bonds

OCH

H

4 shared + 2 lone pairs



Multiple Covalent Bonds in 
Hydrocarbons

Alkenes: hydrocarbons with C=C bonds

ethene C2H4

(ethylene)
H
C HCH

H
propene C3H6

(propylene)
H
CCH

H
C
H

H
H

• –ene ending
• CnH2n  (unless cyclic)
• Unsaturated (can add more H)

H
CCH

H
C
H

H
C
H

H
H

butene C4H8

(1 isomer shown)



Multiple Covalent Bonds in 
Hydrocarbons

Alkynes: hydrocarbons with C≡C bonds

propyne
H

H-C≡C-C-H
H

C3H4

• –yne ending
• CnH2n-2

• Unsaturated

ethyne (acetylene)

H-C≡C-H

C2H2



Double Bonds & Isomerism
Bond rotation:

CHCl=CHCl is “locked” - 2 isomers are possible.



Double Bonds & Isomerism

cis = same side.
m.p.= −80°C, b.p.= 60°C 

trans = opposite sides.
m.p.= −50°C, b.p.= 49°C.



1,1-dichloroethene does not have isomeric forms.

Double Bonds & Isomerism

1,1-dichloroethene



Unsubstituted alkenes can form cis-trans isomers.

Double Bonds & Isomerism

m.p.= −139°C
b.p.= +4°C

m.p.= −106°C
b.p.= +1°C



Resonance
This is the Lewis structure we 
would draw for ozone, O3.

Ozone has 2 equivalent 
structures: -

+

OOO O O O
Both structures:

obey the octet rule
have the same number and types of bonds
have the same formal charges



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 such as ozone.
• We use multiple structures, which we call 

resonance structures, to describe the 
molecule.





Resonance
Just as green is 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.

Each bond ≈ 1 ½ bond.
The bonds in Ozone do NOT

“flip” back and forth.
Atom positions do not change.



Resonance
• Shown below are the resonance structures for the 

formate ion, HCO2
-

• 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.



Resonance

• 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, NO3

-, 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.

All 3 N-O bonds are 128 pm.  A typical N-O bond is 136 pm. 
A typical  N=O bond is 124 pm.

Similar diagrams are used for species such as carbonate ion, 
CO3

2-, sulfur trioxide, SO3, and formate ion, HCO2
-



Delocalized Electrons:  Resonance
Similar diagrams are used for species such as 
carbonate ion, CO3

2-, sulfur trioxide, SO3, and 
formate ion, HCO2

-

All 3 S-O bonds are 142 pm. A typical S-O bond is 170 pm.



Delocalized Electrons:  Resonance
Sulfite ion, SO3

2-, does not need a resonance 
structure due to the extra 2 electrons  



Resonance
• The organic compound 

benzene, C6H6, has two 
simple resonance 
structures.

• It is commonly 
depicted as a hexagon 
with a circle inside to 
signify the delocalized 
electrons in the ring.



Exceptions to the Octet Rule

• There are three types of ions or 
molecules that do not follow the octet 
rule:
Ions or molecules with an odd number of 

electrons.
Ions or molecules with less than an octet.
Ions 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

• Consider BF3:
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 BF3.



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.



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.



More Than Eight Electrons

• The only way PCl5 can 
exist is if phosphorus 
has 10 electrons 
around it.

• It is 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

• The only way PCl5 can 
exist is if phosphorus 
has 10 electrons 
around it.

• It is 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.



Bond Properties: Bond Length
In the discussion of bonding and 
resonance, bond lengths were mentioned.
Atom size is important in understanding 
bond length. 
Remember the periodic table trend in 
atomic radii.
Some examples are:

increasing
size

< < Atomic Radius
C   77 pm
N   74 pm
P  110 pm



Bond Length

I Br Cl S P Si F O N C H
H 161 142 127 132 138 145 92 94 98 110 74
C 210 191 176 181 187 194 141 143 147 154
N 203 184 169 174 180 187 134 136 140
O 199 180 165 170 176 173 130 132
F 197 178 163 168 174 181 128
Si 250 231 216 221 227 234
P 243 224 209 214 220
S 237 218 203 208
Cl 232 213 200
Br 247 228
I 266

These are some average single bond lengths (pm)



Bond Length – Multiple Bonds
More bonds= greater e- density between atoms

= atoms pulled together more strongly

Effect of multiple N-N 140 N=N 120 N≡N 110
bonds (pm) C-C 154 C=C 134 C≡C 121

C-N 147 C=N 127 C≡N 115



Covalent Bond Strength

• 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 Cl—Cl bond,

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



Average Bond Enthalpies

• This table lists the 
average bond 
enthalpies for many 
different types of 
bonds.

• Average bond 
enthalpies are 
positive, because 
bond breaking is an 
endothermic 
process.

Bond enthalpies are expressed in kJ/mol



Average Bond Enthalpies
NOTE:  These are 
average bond 
enthalpies, not 
absolute bond 
enthalpies; the C—H 
bonds in methane, 
CH4, will be a bit 
different than the
C—H bond in 
chloroform, CHCl3.

Note: Average bond enthalpy values will vary slightly in tables from different 
sources. This is a result of how the bond enthalpies were originally measured.



Average Bond Enthalpies



Bond Enthalpy
Average bond enthalpies (kJ/mol)

I Br Cl S P Si F O N C H
H 299 366 431 347 322 323 566 467 391 416 436
C 213 285 327 272 264 301 486 336 285 356
N 193 ~200 335 272 201 160
O 201 205 ~340 173 190 146
F 255 326 490 582 158
Si 234 310 391 226 226
P 184 264 319 209
S 213 255 226
Cl 209 217 242
Br 180 193
I 151

Multiple bonds: N-N 160 N=N 418 N≡N 946
C-C 356 C=C 598 C≡C 813
C-N 285 C=N 616 C≡N 866



Bond Enthalpy and Bond Length
Bond Bond 

Length
pm

Bond  Enthalpy
kJ/mol

Bond Bond Length
pm

Bond 
Enthalpy
kJ/mol

C − C 154 356 N − N 147 160

C  C 134 598 N  N 124 418

C ≡ C 120 813 N ≡ N 110 946

C − N 143 285 N − O 136 201

C  N 138 616 N  O 122 607

C ≡ N 116 866

O − O 148 146

C − O 143 358 O  O 121 498

C  O 123 803

C ≡ O 113 1073

We can observe how average bond length is related to bond enthalpy.
As the number of bonds between two atoms increases, the bond length 
decreases and enthalpy increases.



Enthalpies of Reaction

A method to estimate H
for a reaction is to 
compare the bond 
enthalpies of bonds 
broken to the bond 
enthalpies of the new 
bonds formed.

Hrxn = (bond enthalpies of bonds broken) 
(bond enthalpies of bonds formed)



Enthalpies of Reaction

CH4(g) + Cl2(g) 
CH3Cl(g) + HCl(g)

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



Enthalpies of Reaction

So,
Hrxn = [D(C—H) + D(Cl—Cl)  [D(C—Cl) + D(H—Cl)

= [(413 kJ) + (242 kJ)]  [(328 kJ) + (431 kJ)]
= (655 kJ)  (759 kJ)
= 104 kJ



N2H4 (g)  +    O2 (g) →       N2 (g) +    2H2O (g)

Enthalpies of Reaction
Use bond enthalpies to estimate ΔH for:

ΔH =(bonds broken) – (bonds formed)
= [4(N-H) + (O=O) + (N-N)] – [4(O-H) + (N≡N)]
≈ [4(391)  + 498 + 160] – [4(467) – 946]
≈ -592 kJ/mol

Using ΔfH: ΔH = 2ΔfH (H2O) – ΔfH(N2H4) = 2(-241.8)-(95.4) = -579.0 kJ/mol

H H
N-N

H H
O=O N≡N

H
O

H

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

exact value


