
3 Chemical bonding 

This topic introduces the different ways by which chemical bonding occurs and the 
effect this can have on physical properties. 

3.2 Covalent bonding and co-ordinate (dative covalent) bonding 

189

BILAL HAMEED                                                                                                 COVALENT BONDING

COVALENT BONDING

Online Classes : Megalecture@gmail.com

www.youtube.com/megalecture



Cambridge International AS and A Level Chemistry 9701 syllabus Syllabus content  

19Back to contents page www.cie.org.uk/alevel

3 Chemical bonding

This topic introduces the different ways by which chemical bonding occurs and the effect this can have 
on physical properties.

Learning outcomes
Candidates should be able to:

3.1  Ionic bonding a) describe ionic bonding, as in sodium chloride, magnesium oxide and 
calcium fluoride, including the use of ‘dot-and-cross’ diagrams

3.2  Covalent bonding 
and co-ordinate 
(dative covalent) 
bonding including 
shapes of simple 
molecules 

a) describe, including the use of ‘dot-and-cross’ diagrams:

(i)  covalent bonding, in molecules such as hydrogen, oxygen, chlorine, 
hydrogen chloride, carbon dioxide, methane, ethene

(ii)  co-ordinate (dative covalent) bonding, such as in the formation of the 
ammonium ion and in the Al 2Cl 6 molecule

b) describe covalent bonding in terms of orbital overlap, giving σ and π 
bonds, including the concept of hybridisation to form sp, sp2 and sp3 
orbitals (see also Section 14.3)

c) explain the shapes of, and bond angles in, molecules by using the 
qualitative model of electron-pair repulsion (including lone pairs), using 
as simple examples: BF3 (trigonal), CO2 (linear), CH4 (tetrahedral), NH3 
(pyramidal), H2O (non-linear), SF6 (octahedral), PF5 (trigonal bipyramidal)

d) predict the shapes of, and bond angles in, molecules and ions analogous 
to those specified in 3.2(b) (see also Section 14.3)

3.3  Intermolecular 
forces, 
electronegativity 
and bond properties

a) describe hydrogen bonding, using ammonia and water as simple 
examples of molecules containing N–H and O–H groups

b) understand, in simple terms, the concept of electronegativity and apply 
it to explain the properties of molecules such as bond polarity (see 
also Section 3.3(c)), the dipole moments of molecules (3.3(d)) and the 
behaviour of oxides with water (9.2(c))  

c) explain the terms bond energy, bond length and bond polarity and use 
them to compare the reactivities of covalent bonds (see also Section 
5.1(b)(ii))

d) describe intermolecular forces (van der Waals’ forces), based on 
permanent and induced dipoles, as in, for example, CHCl 3(l); Br2(l) and 
the liquid Group 18 elements

3.4  Metallic bonding a) describe metallic bonding in terms of a lattice of positive ions 
surrounded by delocalised electrons

3.5  Bonding and 
physical properties

a) describe, interpret and predict the effect of different types of bonding 
(ionic bonding, covalent bonding, hydrogen bonding, other intermolecular 
interactions, metallic bonding) on the physical properties of substances

b) deduce the type of bonding present from given information

c) show understanding of chemical reactions in terms of energy transfers 
associated with the breaking and making of chemical bonds
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 CHEMICAL BONDING

When two or more atoms form a chemical compound, the atoms are held 

together in a characteristic arrangement by attractive forces.  

The chemical bond is the force of attraction between any two atoms in a 

compound. The attraction is the force that overcomes the repulsion of 

the positively charged nuclei of the two atoms. 

Interactions involving valence electrons are responsible for the chemical 

bond. We shall focus our attention on these electrons and the electron 

arrangement of atoms both before and after bond formation.

1

COVALENT BONDING
When electrons are shared rather than transferred, the shared electron pair is referred 

to as a covalent bond.  

Covalent bonds tend to form between atoms with similar tendencies to gain or lose 

electrons. The most obvious examples are the diatomic molecules H2, N2, O2, F2, Cl2, 

Br2, and I2. 

2

Covalent bonding
In ionic bonding we saw how atoms can either lose or gain electrons in 
order to attain a noble gas electron configuration. A second type of 
chemical bond exists, however, in which atoms share electrons with each 
other in order to attain a noble gas electron configuration. This type of 
bonding is covalent bonding, and it usually occurs between non-metals.

In order to look at this type of bonding in detail, it is useful first to 
introduce the idea of a Lewis symbol, which is a simple and convenient 
method of representing the valence (outer shell) electrons of an element. 
In sub-topic 4.3 we shall develop this further into what we term the 
Lewis (electron dot) structure of a compound, based on a system 
devised by the US chemist, Gilbert N. Lewis (1875–1946).

In a Lewis symbol representation, each element is surrounded by a 
number of dots (or crosses), which represent the valence electrons of the 
element. Some examples are given in figure 1.

Let us consider the presence of covalent bonding in four different 
species, F2, O2, N2, and HF.

Fluorine, F2
 ● Fluorine is in group 17, so has seven valence electrons. Hence by 

acquiring one more electron, fluorine would attain a noble gas 
electron configuration with a complete octet of electrons.

 ● The Lewis symbol for fluorine is:

F

 ● If two fluorine atoms share one electron each with each other, each 
fluorine atom gains one more electron to attain a complete octet of 
electrons, which results in the formation of a covalent bond between 
the two fluorine atoms. This covalent bond is a single bond and the 
shared pair can be represented by a line:

+F FF F

F F

 ● Note that in this Lewis structure of F2 there are a total of six non-
bonding pairs of electrons (often called lone pairs) and one 
bonding pair of electrons.

Oxygen, O2
 ● Oxygen is in group 16, so has six valence electrons. Hence by 

acquiring two more electrons, oxygen would attain a noble gas 
electron configuration with a complete octet of electrons.

 ● If two oxygen atoms each share two electrons with each other, this 
electron configuration can be achieved and results in the formation of a 
covalent bond between the two oxygen atoms. This covalent bond is a 
double bond and the two shared pairs can be represented by two lines.

Study tip
Remember, to deduce the number of 
valence electrons of an element you can 
use the group number from the periodic 
table of elements. For example, sodium 
(s-block) is in group 1, so has one valence 
electron; calcium (also s-block) is in group 
2, so has two valence electrons. For the 
p-block elements you simply drop the ‘1’ 
in the group number to find the number of 
valence electrons: silicon (p-block) is in 
group 14, so has four valence electrons. 
Fluorine (also p-block) is in group 17, so 
has seven valence electrons, and so on.

Cl

N

B
  Figure 1 Lewis symbols of three 
elements. Nitrogen has five valence 
electrons, chlorine has seven 
valence electrons, and boron has 
three valence electrons

Definition of a covalent bond
A covalent bond is formed by the 
electrostatic attraction between a shared 
pair of electrons and the positively 
charged nuclei. According to IUPAC (the 
International Union of Pure and Applied 
Chemistry), a covalent bond is a region of 
relatively high electron density between 
nuclei that arises at least partly from 
the sharing of electrons and gives rise 
to an attractive force and characteristic 
internuclear distance.
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+O OO O

O O
 ● Note that in this Lewis structure of O2 there are a total of four non-

bonding pairs of electrons (the lone pairs) and two bonding 
pairs of electrons.

Nitrogen, N2
 ● Nitrogen is in group 15, so has five valence electrons. Hence by 

acquiring three more electrons nitrogen would achieve a noble gas 
electron configuration with a complete octet of electrons.

 ● If two nitrogen atoms each share three electrons with each other, this 
electron configuration can be achieved and results in the formation of a 
covalent bond between the two nitrogen atoms. This covalent bond is a 
triple bond and the three shared pairs can be represented by three lines:

+N NN N

N N
 ● Note that in this Lewis structure of N2 there are a total of two non-

bonding pairs of electrons (the lone pairs) and three bonding 
pairs of electrons.

Hydrogen fluoride, HF
 ● Fluorine is in group 17, so has seven valence electrons. Hence by 

acquiring one more electron, fluorine would attain a noble gas electron 
configuration with a complete octet of electrons. Hydrogen is in group 
1, so has just one valence electron. Hence by acquiring just one more 
electron, hydrogen would attain the noble gas configuration of helium. 

 ● Note that hydrogen does not acquire an octet (the octet rule 
is historical in nature, and the key point to remember here for 
hydrogen is the formation of a noble gas electron configuration).

 ● The Lewis symbols for hydrogen and fluorine are:

H x

F
For convenience we use different symbols (a cross and a dot) for the 
electrons in each of the two Lewis symbols to signify different electrons 
for the two elements.

 ● To achieve noble gas configurations, fluorine and hydrogen can 
each share one electron with each other, forming a covalent bond. 
This covalent bond is a single bond and the shared pair can be 
represented by a line.

+H x H F F

H F

x

In the Lewis structure of 
a molecule, the electrons 
involved in the covalent bond 
are indistinguishable.

Activity
Using a similar approach to 
that of the examples here, 
deduce the Lewis structures 
of the molecules carbon 
dioxide, CO2 , and water, H2 O, 
showing the steps involved in 
the formation of the covalent 
bonds in each case.
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It should also be noted that triple bonds are shorter than double 
bonds, which are shorter than single bonds. This is, again, due to greater 
attraction between the bonding electrons and the nuclei when there are 
more electrons in the bond.

In general, when we are comparing just single bonds, the longer the 
bond the weaker it is. Data for two groups in the periodic table are shown 
in Table 3.4.
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If we consider the data for group 4, it can be seen that the single bond 
between the elements gets weaker as the bond gets longer. This is because, 
as the atoms get bigger, the electron pair in the covalent bond is further 
away from the nuclei of the atoms making up the bond. If the electron pair 
is further away from the nuclei it is less strongly attracted and the covalent 
bond is weaker (Figure 3.19). A similar trend can be seen down group 7.

The trends should only really be compared down a group, as elements 
in the same group have the same number of outer shell electrons, and 
therefore any eff ects due to eff ective nuclear charge or shielding are 
most similar. In general, comparisons such as this are most useful and 
valid when similar molecules, bonds or compounds are considered.
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COVALENT BONDING

A covalent bond is the electrostatic force of attraction between the positively charged 

nuclei of both atoms and their shared pair(s) of electrons. 

3

+ +
҆

attraction

shared electrons

protons

҆

‘DOT҆AND҆CROSS’ DIAGRAMS

4

Covalent bonding
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electron configuration of each atom is then like that of neon – the nearest
noble gas (Figure 6.17).

Chemists draw a line between symbols to represent a covalent bond (Section
1.2), so they write a fluorine molecule as F−F. This is the structural formula,
which shows the atoms and bonding. The molecular formula of fluorine is F2.

Covalent bonds also link the atoms in non-metal compounds and Figure 6.18
shows the covalent bonding in methane.

‘Dot-and-cross’ diagrams showing only the electrons in outer shells provide a
simple way of representing covalent bonding. Three of these ‘dot-and-cross’
diagrams are shown in Figure 6.19. Remember from Section 1.2 that each
non-metal usually forms the same number of covalent bonds in all its
compounds. This should help you predict the structures of different molecules
(Table 1.1).

Multiple bonds
One shared pair of electrons makes a single bond. Double bonds and triple
bonds with two or three shared pairs are also possible.

There are two covalent bonds between the two oxygen atoms in an oxygen
molecule and two covalent bonds between both the oxygen atoms and the
carbon atom in carbon dioxide (Figure 6.20). When two electron pairs are
involved in the bonding, there is a region of high electron density between
the two atoms joined by a double bond.

F

fluorine atoms

F F

fluorine molecule

F

Figure 6.19 !
‘Dot-and-cross’ diagrams show the single covalent bonds in molecules. A simpler
way of showing the bonding in molecules is also included. This shows each covalent
bond as a line between two symbols.

chlorine

ClCl

Cl Cl

water

H

OH

H
OH

ammonia

H

NH H

H
NH H

oxygen

O O

OO

carbon dioxide

O C O

CO O

ethene

HH
C C

HH

C C
H

H

H

H

Figure 6.17 "
Covalent bonding in a fluorine molecule.

Figure 6.20 !
Three molecules with double covalent bonds.

Definition

A covalent bond involves a shared
pair of electrons between two atoms.
In a normal covalent bond, each atom
contributes one electron to the
shared pair.

Figure 6.18 !
Covalent bonding in methane.

C

H

H

H

H

methane molecule, CH4
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Lone pairs of electrons
In many molecules and ions, there are atoms with pairs of electrons in their
outer shells which are not involved in the bonding between atoms. Chemists
call these ‘lone pairs’ of electrons. Lone pairs of electrons:

● affect the shapes of molecules (Section 6.8)
● form dative covalent (co-ordinate) bonds
● are important in the chemical reactions of some compounds, including

water and ammonia.

Dative covalent bonds
In a covalent bond, two atoms share a pair of electrons. Usually, each atom
supplies one electron to make up the pair. Sometimes, however, one atom
provides both electrons and chemists call this a dative covalent bond. The
word ‘dative’ means ‘giving’, and one atom gives both the electrons to make
the covalent bond. An alternative name for a dative covalent bond is co-
ordinate bond. Once formed, there is no difference between dative bonds and
normal covalent bonds.

Ammonia forms a dative covalent bond when it reacts with a hydrogen ion to
make an ammonium ion, NH4

+ (Figure 6.23). Dative bonds are represented by
an arrow in displayed formulae like NH4

+ in Figure 6.23. The arrow points from
the atom that donates the electron pair to the atom receiving the electrons.

Dative covalent (co-ordinate) bonding also accounts for the structures of the
oxonium ion, H3O

+ in which water molecules combine with H+ ions, nitric acid
and carbon monoxide (Figure 6.24).

78

Bonding and structure

Figure 6.21 !
Two molecules with triple covalent
bonds.

C CH H

H C C H

N N

NN

Figure 6.23 !
Formation of an ammonium ion.

H

H H+N

H

H

H HN

H

+

BrOH
– –

H

NH H

H

OH

Figure 6.22 !
Molecules and ions with lone pairs of electrons.

Figure 6.24 "
Dative covalent (co-ordinate) bonds in
the oxonium ion, nitric acid and carbon
monoxide.

OC

carbon monoxide

O
O N

OH

nitric acid

H

OH H

oxonium ion

+

Definition

A dative covalent bond (co-ordinate
bond) is a bond in which two atoms
share a pair of electrons, with both
electrons donated by one atom.

10 How do the physical properties of giant covalent lattices, such as diamond and silicon
dioxide, provide evidence for strong covalent bonds between non-metal atoms?

11 Draw diagrams showing all the electrons in the shells and in covalent bonds in:
a) hydrogen, H2 b) hydrogen chloride, HCl c) ammonia, NH3.

12 Draw ‘dot-and-cross’ diagrams to show the covalent bonding in:
a) hydrogen sulfide, H2S b) ethane, C2H6 c) carbon disulfide, CS2
d) nitrogen trifluoride, NF3 e) phosphine, PH3.

13 Identify the atoms with lone pairs of electrons in the following molecules and
state the number of lone pairs:
a) ammonia b) water c) hydrogen fluoride d) carbon dioxide.

14 Draw ‘dot-and-cross’ diagrams to show the outer shell electrons in the atoms of:
a) carbon monoxide b) nitric acid.

15 a) In aqueous solution, acids donate H+ ions to water molecules forming H3O
+

ions. Draw a ‘dot-and-cross’ diagram to show the formation of an H3O
+ ion.

b) Boron fluoride forms molecules with the formula BF3. Draw a ‘dot-and-
cross’ diagram for BF3 and explain why BF3 molecules readily react with
ammonia molecules, NH3, to form the compound NH3BF3.

Test yourself
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COVALENT BONDING

The bond is the force of attraction between the pair of electrons and the 

two positive nuclei of the atoms. 

This increased negative charge in the centre holds the two positively 

charged nuclei together, thus forming the bond. 

Depending on the number of electrons involved, the bonding is classified 

as single double and triple.

5

H    H H    Cl N    NO    O

COVALENT COMPOUNDS

6

H    C    H 
H

H

H    N    H 
H

H    O    H 
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SKILL CHECK 1

Draw dot and cross diagrams of  PCl3,  N2, CS2, C2H4, NH3, H2O2, N2H4, 
SO3 

7

&*)

magnesium has a higher melting point than sodium. The fi rst of these 
is that magnesium forms a 2+ ion, whereas sodium forms a 1+ ion. 
This means that the electrostatic attraction between the ions and the 
delocalised electrons is stronger in magnesium. Also, there are two 
delocalised electrons per atom in magnesium, so there will be a greater 
number of electrostatic attractions between the ions and the delocalised 
electrons. Thirdly, the Mg2+ ion (65 pm) is smaller than the Na+ ion 
(98 pm), and therefore the delocalised electrons are closer to the nucleus 
of the positive ion in magnesium and more strongly attracted.

Silicon has a very high melting point because it has a giant covalent 
structure, and covalent bonds must be broken when it is melted. Covalent 
bonds are very strong, and a lot of energy is required to break them.

There are various allotropes (structural modifi cations) of phosphorus. 
The data given in Table 4.1 are for white phosphorus, which is the 
most common form of phosphorus. It consists of P4 tetrahedra with 
van der Waals’ forces between them. These P4 tetrahedra also exist in the 
liquid state, and therefore only van der Waals’ forces are broken when 
phosphorus is melted. Van der Waals’ forces are weak and little energy is 
required to break them. The melting point of phosphorus is therefore 
much lower than that of silicon, because, when phosphorus is melted, only 
weak van der Waals’ forces are broken rather than covalent bonds.

Sulfur, like phosphorus, has a covalent molecular structure, with van 
der Waals’ forces between molecules. A sulfur molecule, however, consists 
of eight atoms and, as S8 has a signifi cantly higher relative molecular mass 
than P4, the van der Waals’ forces are stronger between S8 molecules than 
between P4 molecules. More energy is thus required to break the van der 
Waals’ forces between S8 molecules than between P4 molecules, and sulfur 
has a higher melting point than phosphorus.

Going fom sulfur to argon, the realtive mass of the molecule (atom in 
the case of argon) decreases. Sulfur exists as S8 molecules (Mr 256.48), 
chlorine as Cl2 molecules (Mr 70.90) and argon as atoms (Ar 39.95). Thus, 
the decrease in melting point from sulfur to argon can be attributed to a 
decrease in van der Waals’ forces as the mass of the particles decreases.

)#(� 8]Zb^XVa�egdeZgi^Zh�d[�ZaZbZcih�^c�
\gdje�&�VcY�\gdje�,

8]Zb^XVa�egdeZgi^Zh�d[�ZaZbZcih�^c�i]Z�hVbZ�
\gdje
The reactions of an atom are determined by the number of electrons in 
the outer shell (highest main energy level), and as elements in the same 
group in the periodic table have the same number of electrons in their 
outer shell, they react in basically the same way.

XdkVaZci
WdcY

H^�Vidb

XdkVaZci
WdcY

E�Vidb

XdkVaZci
WdcY

H�Vidb

AZVgc^c\�dW_ZXi^kZh

r� Understand that elements in 
the same group have similar 
chemical properties

r� Describe some reactions of 
elements in group 1 and group 7

EXAMPLES OF MOLECULES
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SKILL CHECK 2

When barium metal burns in oxygen, the ionic compound barium 

peroxide, BaO2, is formed.  

Which dot-and-cross diagram represents the electronic structure of the 

peroxide anion in BaO2?

9

SKILL CHECK 3

Dicarbon monoxide, C2O, is found in dust clouds in space. Analysis of 

it shows that the sequence of atoms in this molecules is C-C-O. All 

bonds are double bonds and there are no unpaired electrons.  

How many lone pairs of electrons are present in a molecule of C2O?  

     A  1              B  2              C  3              D  4

10
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COVALENT BONDING
 Atoms share electrons to get the nearest noble gas electronic configuration 

Some don’t achieve an “octet” as they haven’t got enough electrons 
 e.g.  Al in AlCl3  

Others share only some  — if they share all they will exceed their “octet”  
e.g. NH3 and H2O 

Atoms of elements in the 3rd period onwards can exceed their “octet” if they 

wish as they are not restricted to eight electrons in their “outer shell” 
e.g. PCl5 , SO2 , SO3 and SF6 

Only in period 2 are the elements restricted to form an octet. However, in period 3, 

more an 8 electrons can be taken in the outermost shell due to the s, p and d 

orbitals which take up 2, 6 and 10 electrons respectively.

11
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534  Chemical bonding

Multiple covalent bonds
Some atoms can bond together by sharing two pairs of 
electrons. We call this a double covalent bond. A double 
covalent bond is represented by a double line between the 
atoms. For example, O  O. Th e dot-and-cross diagrams 
for oxygen, carbon dioxide and ethene, all of which have 
double covalent bonds, are shown in Figure 4.11.

Figure 4.10 Dot-and-cross diagrams for a boron trifl uoride, BF3, and b 
sulfur hexafl uoride, SF6.

+

three
fluorine

atoms (2,7)

six
fluorine

atoms (2,7)

sulfur
atom

(2,8,6)

sulfur hexafluoride
molecule

boron
atom (2,3)

boron trifluoride
molecule

3

6

Boron trifluoridea

Sulfur hexafluorideb

F B F

F

B

+F

FF

FF

F FS S

B

F F

F

S

F F

FF

FF

F

Figure 4.11 Dot-and-cross diagrams for a oxygen, O2, b carbon dioxide, 
CO2, and c ethene, C2H4.

Figure 4.9 Dot-and-cross diagrams for some covalent compounds: 
a hydrogen, H2, b methane, CH4, c water, H2O, d ammonia, NH3, and 
e hydrogen chloride, HCl.
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PHYSICAL CHEMISTRY

48

 3.5  Covalent bonding with third-row 
elements
Unlike elements in the second row of the Periodic Table, those in the third and 
subsequent rows can use their d orbitals in bonding, as well as their s and p orbitals. 
They can therefore form more than four covalent bonds to other atoms. Like nitrogen, 
phosphorus (1s2 2s2 2p6 3s2 3p3) has fi ve electrons in its valence shell. But because 
it can make use of fi ve orbitals (one 3s, three 3p and one 3d) it can use all fi ve of 
its valence-shell electrons in bonding with fl uorine. It therefore forms phosphorus 
pentachloride, PF5, as well as phosphorus trifl uoride, PF3 (see Figure 3.10).

In a similar way, sulfur can use all its valence-shell electrons in six orbitals (one 3s, 
three 3p and two 3d) to form sulfur hexafl uoride, SF6. Chlorine does not form ClF7, 
however. The chlorine atom is too small for seven fl uorine atoms to assemble around 
it. Chlorine does, though, form ClF3 and ClF5 in addition to ClF.

Worked example
Draw a diagram to show the bonding in chlorine pentafluoride, ClF5.

Answer

03_11 Cam/Chem AS&A2

Barking Dog Art

Cl

F

F

F

F

F

Now try this

1 Sulfur forms a tetrafl uoride, SF4. Draw a diagram to show its bonding.
2 a  How many valence-shell electrons does chlorine use for bonding in chlorine 

trifl uoride, ClF3?
b So how many electrons are left in the valence shell?
c So how many lone pairs of electrons are there on the chlorine atom in chlorine 

trifl uoride?

 3.6  The covalency table
As explained in sections 3.4 and 3.5, the number of covalent bonds formed by an atom 
depends on the number of electrons available for bonding, and the number of valence-
shell orbitals it can use to put the electrons into. For many elements, the number of 
bonds formed is a fi xed quantity and is termed the covalency of the element. It is often 
related to its group number in the Periodic Table. As shown above, elements in Groups 
15 to 17 in the third and subsequent rows of the Periodic Table (Period 3 and higher) can 
use a variable number of electrons in bonding. They can therefore display more than one 
covalency. Table 3.1 shows the most usual covalencies of some common elements.

03_10 Cam/Chem AS&A2

Barking Dog Art

PF F

F

P

F
F

F

F
F

Figure 3.10 Dot-and-cross diagrams for 
phosphorus trifl uoride, PF3, and phosphorus 
pentafl uoride, PF5

Figure 3.11
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Other ways of representing the bonding in carbon monoxide are shown 
in Figure 3.24.

C O or C O or C O

;^\jgZ�(#')� Di]Zg�lVnh�d[�h]dl^c\�i]Z�
WdcY^c\�^c�XVgWdc�bdcdm^YZ#=ADative covalent bonds are important in the bonding in transition 

metal complexes.

8dkVaZci�WdcYh�^c�iZgbh�d[�dgW^iVah
A covalent bond is formed when two atomic orbitals, each 
containing one electron, overlap. The atomic orbitals combine to 
form a molecular orbital in which both electrons are paired up (Figures 
3.25 and 3.26). These electrons belong to both atoms simultaneously.

Vidb^X�dgW^iVa

dgW^iVa�XdciV^ch
&�ZaZXigdc

'�ZaZXigdch�eV^gZY�je
^c�V�bdaZXjaVg�dgW^iVa

Vidb^X�dgW^iVa bdaZXjaVg�dgW^iVa

cjXaZjh

 

 

e�dgW^iVa

;^\jgZ�(#'*� I]Z�dkZgaVe�d[�ild�h�dgW^iVah�id�[dgb�V�XdkVaZci�WdcY#

;^\jgZ�(#'+� I]Z�dkZgaVe�d[�ild�e�dgW^iVah�id�[dgb�V�XdkVaZci�WdcY#

AZl^h��ZaZXigdc�Ydi��higjXijgZh
Lewis structures are diagrams showing all the valence (outer shell) 
electrons in a molecule (or ion). Examples of Lewis structures are shown 
in Figure 3.27. Electrons may be shown individually as dots or crosses, 
or a line may be used to represent a pair of electrons, as in the Lewis 
structure of CO.

D
=

= 8 DD 8 D

;^\jgZ�(#',� AZl^h�higjXijgZh�[dg�='D!�8D'�VcY�8D!�h]dl^c\�Vaa�djiZg�h]Zaa�ZaZXigdch#

Dots and crosses can be used in 
Lewis structures to indicate where 
the electrons originally came from.

Note: the outer atom is usually 
the more electronegative atom 
(except when H is also present in 
the molecule).

Rules for working out Lewis structures:
1 Make sure that the outer atoms have eight electrons in their outer shell 

(except, of course hydrogen, which should have two). This is done by 
using single bonds, double bonds, triple bonds and + or − charges.

MOLECULAR ORBITALS

Covalent bonding is brought about by the atomic orbitals of each atom overlapping 

with each other, coalescing and forming a molecular orbital.  

Only individually filled orbitals take part in such bonding, so that the resultant 

molecular orbital has only two electrons. In the molecular orbital the two electrons 

circulate around and are attracted to two nuclei of the two bonded atoms. 

14
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ORBITAL OVERLAP

Covalent bonds are formed when orbitals, each containing one electron, overlap.  

This forms a region in space where an electron pair can be found;  new molecular 

orbitals are formed.

15

orbital 

containing 1 

electron

orbital 

containing 1 

electron

overlap of orbitals provides a 

region in space which can contain 

a pair of electrons

molecular orbital

The space that these shared electrons move within is called a molecular 

orbital.  A molecular orbital is made when two atomic orbitals overlap. 

 SIGMA BONDS

A Sigma bond (σ bond) is formed when orbitals overlap head-on in a 

covalent bond. 

In a sigma bond, the electron density is concentrated in the orbital 

overlap volume between the two nuclei.  

A sigma bond can be rotated without breaking the bond. 

The region where the the two orbitals overlap is the molecular orbital 

which contains electrons of the sigma bond.

16

INTERPRETING GRAPHICS

Directions (10–13): For each question below, record the correct answer on a
separate sheet of paper.

Use the diagram below to answer question 10.

0 The diagram above best represents which type of chemical bond?
F. ionic H. nonpolar covalent
G. metallic I. polar covalent

The table below shows the connection between electronegativity and bond
strength (kilojoules per mole). Use it to answer questions 11 through 13.

Electronegativity Difference for Hydrogen Halides

q Which of these molecules has the smallest partial positive charge on the
hydrogen end of the molecule?
A. HF C. HBr
B. HCl D. HI

w How does the polarity of the bond between a halogen and hydrogen
relate to the number of electrons of the halogen atom?
F. Polarity is not related to the number of electrons of the halogen atom.
G. Polarity decreases as the number of unpaired halogen electrons

increases.
H. Polarity decreases as the total number of halogen atom electrons

increases.
I. Polarity decreases as the number of valence electrons of the halogen

atom increases.

e Based on the information in this table, how does the electronegativity 
difference in a covalent bond relate to the strength of the bond?

–

–

Molecular orbital

Test
Take time to read
each question com-
pletely on a standard-
ized test, including all
of the answer
choices. Consider
each answer choice
before determining
which one is correct.

Standardized Test Prep 221

Molecule Electronegativity difference Bond energy

H—F 1.8 570 kJ/mol

H—Cl 1.0 432 kJ/mol

H—Br 0.8 366 kJ/mol

H—I 0.5 298 kJ/mol

  CVM06_ch06_COV_220-221_final  10/23/04  3:58 PM  Page 221

Copyright © by Holt, Rinehart and Winston.  All rights reserved.
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 SIGMA BONDS

Sigma bonds can form by overlap of two s-orbitals, and s-orbital and p-

orbital or two p-orbitals.

17

H H H ҆ H

H Cl H ҆ Cl

Cl Cl Cl ҆ Cl

1s 1s

1s 3p

3p3p

PI BONDS

A pi bond (π bond) is formed when orbitals overlap sideways in a 

covalent bond. Pi bonds are found in molecules with double and triple 

bonds. 

18

O

2p

O

2p
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PI BONDS

A single π bond is drawn as two electron clouds, one arising from each 

lobe of the p orbitals.  

The two clouds of electrons in a π bond represent one bond consisting of 

a total of two electrons.
19

PI BONDS

20
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PI BONDS

In a pi bond, the electron density is concentrated in the orbital overlap 

volumes above and below the line joining the two nuclei.  

A pi bond cannot be rotated with out breaking the bond.

21

PHYSICAL CHEMISTRY

60

Mutual repulsion of the electrons in the three σ bonds around each carbon atom 
tends to place them as far apart from one another as possible (see page 51). The 
predicted angles (H¬C¬H = H¬C¬C = 120°) are very close to those observed 
(H¬C¬H = 117°, H¬C¬C = 121.5°).

The π bond confers various properties on the ethene molecule.

● Being the weaker of the two, the π bond is more reactive than the σ bond. Many 
reactions of ethene involve only the breaking of the π bond, the σ bond remaining intact.

● The two areas of overlap in the π bond (both above and below the plane of the 
molecule) cause ethene to be a rigid molecule, with no easy rotation of one end 
with respect to the other (see Figure 3.41). This is in contrast to ethane, and leads 
to the existence of cis–trans isomerism in alkenes.

These features are developed further in Topics 12 and 14.

Triple bonds
Triple bonds are formed when two p orbitals from each of the bonding atoms overlap 
sideways, forming two π orbitals (in addition to the σ orbital formed by the end-on 
overlap of the third p orbital on each atom). This occurs in the ethyne molecule, 
C2H2, and in the nitrogen molecule, N2 (see Figure 3.42).

A single carbon atom can also use two of its p orbitals to form π orbitals with two 
separate bonding atoms. This occurs in the carbon dioxide molecule, CO2 (see 
Figure 3.43).

03_41 Cam/Chem AS&A2

Barking Dog Art

no rotation possible

C

H

H

H

H

C

rotation possible around
the single bond

CH H

H

H

H

H

C

Figure 3.41 The π bond prevents rotation 
around the carbon–carbon double bond.

03_42 Cam/Chem AS&A2

Barking Dog Art

a N2

b C2H2

N

H HC C

N N N

py + pz  py + pz

py + pz  py + pz

/y + /z  

/y + /z  

H HC C

Figure 3.42 Triple bonds in a nitrogen and 
b ethyne

03_43 Cam/Chem AS&A2

Barking Dog Art

py + pz        pypz /z                           /y  

O C O C OO

Figure 3.43 The two π bonds in carbon 
dioxide

181333_03_AS_Chem_BP_044-068.indd   60 30/09/14   5:52 PM

SKILL CHECK 4

What is always involved in a carbon-carbon π bond?  

A  a shared pair of electrons 

B  a sideways overlap of p orbitals 

C  delocalized electrons

22
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DOUBLE BONDS

A double bond consists of one sigma bond and one pi bond, for example 

the C=C double bond in ethene and the O=O double bond in oxygen.  

A typical triple bond, for example in nitrogen, consists of one sigma bond 

and two pi bonds in two mutually perpendicular planes. 

Pi bonds are weaker than sigma bonds. 

23

MULTIPLE BONDS - ETHENE

An example of a pi bond is the C ˞ C bond in ethene. This bond consists 

of two parts. 

One part consists of two p orbitals of carbon overlapping in a sigma 

bond.  

In the other part of the bond, two p orbitals overlap in a pi bond

24
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MULTIPLE BONDS - ETHENE

25

ETHANE AND ETHENE

26
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TRIPLE BOND - ETHYNE

27

TRIPLE BOND - NITROGEN

28
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TWO DOUBLES - CARBON DIOXIDE

29

SKILL CHECK 5

Which statements about covalent bonds are correct?  

A  A triple bond consists of one π bond and two σ bonds. 

B  The electron density is a σ bond is highest along the axis between the     

     two bonded atoms.  

C  A π bond restricts rotation about the σ bond axis.  

30
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DATIVE COVALENT BONDING
A dative covalent bond (or coordinate covalent bond) is a covalent bond 

between two atoms in which the shared electrons are contributed by 

only one of the atoms. 

e.g. Boron trifluoride & ammonia   NH3BF3 

Boron has an incomplete shell in BF3 and can accept/share a pair of 

electrons donated by ammonia. 

31
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DATIVE COVALENT BONDING
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DATIVE COVALENT BONDING
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9Vi^kZ�XdkVaZci�WdcYh��XddgY^cViZ�a^c`�

A dative covalent bond (USA: coordinate covalent bond) is a 
type of covalent bond in which both electrons come from the 
same atom.

Once a dative covalent bond has been formed, it is identical to an 
‘ordinary’ covalent bond. For example, NH4

+ can be formed when H+ 
becomes bonded to NH3:

NH3 + H+ n NH4
+

H+ does not have any electrons with which to form a covalent bond, but 
NH3 has a lone pair of electrons, which can be used to form a covalent bond 
(Figure 3.20).

A dative covalent bond is sometimes shown as an arrow (Figure 3.21a). 
Once it has been formed, a dative bond is, however, the same as any other 
covalent bond. The ammonium ion can be represented as shown in Figure 
3.21b, in which no distinction is made between the individual bonds.

H3O+ is formed when a lone pair of electrons is donated from the O in 
H2O to the H+:

NH3 and BF3 can combine to form an adduct (two molecules bonded 
together):
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This is an example of a Lewis acid-
base reaction (see page 314).
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In BF3 there are only six electrons in the outer shell of the boron; 
therefore there is space for the boron to accept a pair of electrons.

8D
Normally carbon shares four electrons to form four covalent bonds, 
and oxygen shares two to form two covalent bonds. If a carbon atom 
combines with an oxygen atom with the formation of two covalent 
bonds, we get the structure shown in Figure 3.22. However, in this 
structure, although the oxygen atom has a full outer shell (octet), the 
carbon atom only has six electrons in its outer shell.

Both atoms can attain an octet if the oxygen atom donates a pair of 
electrons to carbon in the formation of a dative covalent bond. There 
is thus a triple bond between the two atoms, made up of two ‘ordinary’ 
covalent bonds and one dative covalent bond (Figure 3.23). Both atoms 
have a lone pair of electrons.
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Once a dative covalent bond has been formed, it is identical to an 
‘ordinary’ covalent bond. For example, NH4

+ can be formed when H+ 
becomes bonded to NH3:
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+

H+ does not have any electrons with which to form a covalent bond, but 
NH3 has a lone pair of electrons, which can be used to form a covalent bond 
(Figure 3.20).

A dative covalent bond is sometimes shown as an arrow (Figure 3.21a). 
Once it has been formed, a dative bond is, however, the same as any other 
covalent bond. The ammonium ion can be represented as shown in Figure 
3.21b, in which no distinction is made between the individual bonds.
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This is an example of a Lewis acid-
base reaction (see page 314).
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In BF3 there are only six electrons in the outer shell of the boron; 
therefore there is space for the boron to accept a pair of electrons.

8D
Normally carbon shares four electrons to form four covalent bonds, 
and oxygen shares two to form two covalent bonds. If a carbon atom 
combines with an oxygen atom with the formation of two covalent 
bonds, we get the structure shown in Figure 3.22. However, in this 
structure, although the oxygen atom has a full outer shell (octet), the 
carbon atom only has six electrons in its outer shell.

Both atoms can attain an octet if the oxygen atom donates a pair of 
electrons to carbon in the formation of a dative covalent bond. There 
is thus a triple bond between the two atoms, made up of two ‘ordinary’ 
covalent bonds and one dative covalent bond (Figure 3.23). Both atoms 
have a lone pair of electrons.
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For
Examiner’s

Use

Answer all the questions in the spaces provided.

1 Elements and compounds which have small molecules usually exist as gases or liquids.

 (a) Chlorine, Cl 2, is a gas at room temperature whereas bromine, Br 2, is a liquid under the 
same conditions.

  Explain these observations.

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

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

 ....................................................................................................................................  [2]

 (b) The gases nitrogen, N2, and carbon monoxide, CO, are isoelectronic, that is they have 
the same number of electrons in their molecules.

  Suggest why N2 has a lower boiling point than CO.

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

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

 ....................................................................................................................................  [2]

 (c) A ‘dot-and-cross’ diagram of a CO molecule is shown below. Only electrons from outer 
shells are represented.

C O

  In the table below, there are three copies of this structure.
  On the structures, draw a circle round a pair of electrons that is associated with each of 

the following.

(i) a co-ordinate bond (ii) a covalent bond (iii) a lone pair

C O C O C O

[3]

2
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554  Chemical bonding

Bond strength can infl uence the reactivity of a 
compound. Th e molecules in liquids and gases are in 
random motion so they are constantly colliding with 
each other. A reaction only happens between molecules 
when a collision occurs with enough energy to break 
bonds in either or both molecules. Nitrogen is unreactive 
because it has a triple bond, N  N. It takes a lot of 
energy to break the nitrogen atoms apart; the bond 
energy required is 994 kJ mol−1. Oxygen is much more 
reactive. Although it has a double bond, it only takes 
496 kJ to break a mole of O  O bonds. However, bond 
strength is only one factor that infl uences the reactivity 
of a molecule. Th e polarity of the bond (see page 62) 
and whether the bond is a σ bond (sigma bond) or a π 
bond (pi bond) (see page 58) both play a large part in 
determining chemical reactivity.

Bond length and bond energy
In general, double bonds are shorter than single bonds. 
Th is is because double bonds have a greater quantity 
of negative charge between the two atomic nuclei. Th e 
greater force of attraction between the electrons and the 
nuclei pulls the atoms closer together. Th is results in a 
stronger bond. We measure the strength of a bond by 
its bond energy. Th is is the energy needed to break one 
mole of a given bond in a gaseous molecule (see also 
Chapter 6). Table 4.1 shows some values of bond lengths 
and bond energies.

4 a  Draw dot-and-cross diagrams to show the 
formation of a co-ordinate bond between 
the following:
i boron trifl uoride, BF3, and ammonia, 

NH3, to form the compound F3BNH3

ii phosphine, PH3, and a hydrogen ion, 
H+, to form the ion PH4

+.
b Draw the displayed formulae of the 

products formed in part a. Show the co-
ordinate bond by an arrow.

Check-up Bond Bond energy / kJ mol−1 Bond length / nm
C C 350 0.154
C C 610 0.134
C O 360 0.143
C O 740 0.116

Table 4.1 Examples of values for bond energies and bond lengths.

Figure 4.14 A dot-and-cross diagram for an aluminium chloride molecule, Al2Cl6.

Cl
Cl

Cl

Al

Cl Cl

Cl Cl

Cl Cl

+

Cl Cl Cl Cl

ClClCl

Al Al
Al

Al

Al

Cl

Cl
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DATIVE COVALENT BONDING

A dative covalent bond differs from covalent bond only in its formation 

Both electrons of the shared pair are provided by one species (donor) and 

it shares the electrons with the acceptor 

Donor species will have lone pairs in their outer shells 

Acceptor species will be short of their “octet” or maximum. 

Chemists call it a dative covalent bond because the word dative means 

‘giving’ and one atom gives both the electrons to make the bond. Once 

formed, there is no difference between a dative bond and any other 

covalent bond. 

37

BOND ENERGY

The strength of a covalent bond is measured by the bond energy. 

The bond energy is the amount of energy required to break a covalent 

bond, per mole of bonds. The greater the bond energy, the stronger the 

bond. 

Very large bond energies can make molecules unreactive. The nitrogen 

molecule (N2) is unreactive because of the very large N≡N bond energy 

of 944 KJ mol҆1. 

38
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BOND ENERGY
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Bond forming releases energy, and is therefore exothermic. 

Bond breaking requires energy, and is therefore endothermic. For the 

same two atoms, triple bonds are stronger than double bonds which in 

turn are stronger than single bonds. 

C ҆ C 350

C ˞ C 610

C ≡ C 840

BOND LENGTH

The covalent bond length is the distance between the nuclei of the two atoms 

linked by one or more covalent bonds 

For the same two atoms, triple bonds are shorter than double bonds which in 

turn are shorter than single bonds. 

40
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It should also be noted that triple bonds are shorter than double 
bonds, which are shorter than single bonds. This is, again, due to greater 
attraction between the bonding electrons and the nuclei when there are 
more electrons in the bond.

In general, when we are comparing just single bonds, the longer the 
bond the weaker it is. Data for two groups in the periodic table are shown 
in Table 3.4.
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If we consider the data for group 4, it can be seen that the single bond 
between the elements gets weaker as the bond gets longer. This is because, 
as the atoms get bigger, the electron pair in the covalent bond is further 
away from the nuclei of the atoms making up the bond. If the electron pair 
is further away from the nuclei it is less strongly attracted and the covalent 
bond is weaker (Figure 3.19). A similar trend can be seen down group 7.

The trends should only really be compared down a group, as elements 
in the same group have the same number of outer shell electrons, and 
therefore any eff ects due to eff ective nuclear charge or shielding are 
most similar. In general, comparisons such as this are most useful and 
valid when similar molecules, bonds or compounds are considered.
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