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2.1 Covalent Network Compounds

Silicon Carbide

This first topic looks at compounds which have a covalent network structure 

This activity looks at the bonding and structure of the compound 
silicon carbide ( also known as carborundum).

Silicon carbide is a covalent network compound :-

compound - two different atoms are bonded together
network - the covalent bonding extends throughout structure
covalent - both are non-metals and will overlap  shells and  
        share electrons

The silicon and carbon atoms are bonded together by the  
forces of attraction that exist between the shared pairs of  
electrons and the nuclei of the sharing atoms.

By sharing electrons, both the silicon and the carbon atoms 
achieve the extra stability of a full outer shell.

     This activity looks at the structure and bonding in silicon   
     dioxide (also known as silica)
Silicon Dioxide

Silicon oxide is a covalent network compound :-

compound - two different atoms are bonded together
network - the covalent bonding extends throughout structure
covalent - both are non-metals and will overlap  shells and  
        share electrons

The silicon and oxygen atoms are bonded together by 
the forces of attraction that exist between the 
shared pairs of   electrons and the nuclei 
of the sharing atoms.

By sharing electrons, both the silicon and the 
oxygen atoms achieve the extra stability of a full 
outer shell.

Like all networks, the structure of silicon carbide goes on ‘forever’. However, there is a simple 
repeating pattern  Si C Si C Si C etc, so it can also be described as a covalent lattice
and its formula is simply SiC.

Like all networks, the structure of silicon dioxide goes on ‘forever’. However, there is a 
simple repeating pattern  so it can also be described as a covalent lattice. Each silicon atom 
is bonded to 4 oxygens while each oxygen is bonded to only 2 silicon atoms. Overall, there 
are twice as many oxygen atoms as silicon,and its formula is simplified to  SiO2.
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     Silicon carbide (carborundum) and silicon dioxide (silica)  
     have the typical properties of covalent network substances.
Properties & Uses

Very High Melting points -  a large number of very strong covalent bonds require to 
     be broken before covalent networks can melt. 

Very Hard -   a large number of very strong covalent bonds require 
   to be  broken before covalent networks can be smashed
   apart .

Very Unreactive -  a large number of very strong covalent bonds 
   require to be  broken before covalent networks 
   can react with other chemicals.

2.2 Ionic Compounds

This topic looks more closely at ions and the properties of ionic compounds

Atomic Ions This activity is about the formation of atomic ions from 
neutral atoms.

 Li+  Ca2+  Fe3+  Sn4+  P3-  S2-  F-

     Uses of silicon carbide   Related Property

     furnace linings, crucibles

     abrasive papers, 
       cutting discs

     Uses of silicon dioxide   Related Property

     building material

     abrasive papers, 
       cutting discs

      making glass
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FC

F

FF F

F
C F

F

weak van der Waals 
forces

strong covalent bonds

The intramolecular forces (intra- = within), 
that join the fluorine atoms to the carbon atom, 
are strong covalent bonds.

Once cooled enough to solidify, weak van der 
Waal’s forces will exist between molecules 
(intermolecular forces).

It is only these weak forces that are broken 
when molecular compounds like CF4 melt, 
hence their very low melting points.

Even when solid, substances like CF4 are not strong - again, this is because only the weak 
van der Waal’s forces need to be broken.

Effect of Increasing Atomic Size
This activity looks at the effect that increasing atomic size has on the melting points of the 
carbon tetrahalides.

IC

I

II

As the size of the halogen atom in these compounds increases, the melting point increas-
es.
This is because the electrons in larger atoms are more likely to ‘wobble’ leading to stronger 
van der Waal’s forces between molecules.

FC

F

FF
ClC

Cl

ClCl
BrC

Br

BrBr
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 Element Atom electron Ion electron Ion
  arrangement arrangement symbol

 magnesium 2 , 8 , 2 2 , 8 Mg2+

 sodium

 chlorine

 bromine

 oxygen

 aluminium

 nitrogen

Metal atoms tend to form positive ions because they have 1, 2, or 3 electrons in their outer 
shell. They will try to lose these electrons to reach the nearest noble gas electron 
arrangement. Their positive charges (in the nucleus) outnumbers their electrons so they 
become, overall, positive.

Non-metal atoms tend to form negative ions because they have 5, 6, or 7 electrons in their 
outer shell. They will try to gain extra electrons to reach the nearest noble gas electron 
arrangement. Their positive charges (in the nucleus) are outnumbered by their electrons 
so they become, overall, negative.

For an atom to lose electrons, another atom must be available to gain the electrons. A 
metal atom cannot lose electrons if there is not a non-metal atom available. Simple, two 
element, ionic compounds must always contain a metallic and a non-metallic element.

Simple Ionic Structures This activity looks more closely at the structure and 
bonding in a simple ionic compound.

The ionic bond is the electrostatic attraction between a positive and a negative ion.

An ion is able to attract, and be attracted by, several ions in 
all directions. 

In sodium chloride, each Na+ ion attracts 6   Cl- ions.

Each Cl- is also able to attract 6  Na+. Overall, there are exactly 
equal numbers of the two ions, hence the formula NaCl.

The ionic bonding extends throughout the structure (network) 
and a regular repeating pattern also exists (lattice).
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The strength of an ionic bond is affected by two 
factors:-
  i )   the amount of  positive/negative   
         charge
  ii)   the size of the ions

A bigger ion has a weaker attraction than a smaller 
ion with the same charge:- the charge is spread over 
a larger volume, weakening its effect.

This is why, for example, sodium fluoride ( 1000°C) 
has a higher MPt than sodium iodide ( 660 °C):- the 
ionic bond in NaF is stronger than in NaI.

— —+

—+ —+

—+— +

— + — +

— + —+

Molecular Ions This activity looks at molecular ions; how they are formed and 
some of the properties of compounds containing molecular ions

S
••
••

••
••

•
•

•
• O

••

••

O

• •

• •

O
• •

• •

O

• •

• •

Molecular ions appear to break many of the electron arrangement and 
valency rules you will have learnt,( so far ).

  One of the earliest molecular ions (group ions) 
that   you met was sulphate, SO4. 

  Both sulphur and oxygen are non-metals and 
we   would expect them to join together with 
  covalent bonds; by sharing pairs of electrons.

They do form covalent bonds, but not in 
the way we would have expected.

We would expect a simple molecule
with the formula SO.

S

••
••

••
••

•
•

•
•

O
• •

• •

O S

S
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In the sulphate group, SO4 , each atom of sulphur and oxygen has 
8   electrons in its outer shell. This makes them stable.

However, there were not enough electrons available in 
the original atoms. 

Two further electrons have had to be gained from 
somewhere.

As a result, the sulphate group is in fact an SO4
2- ion.

Complex ions will only form as part of an ionic compound.
Something else, usually a metal atom, will have been present to 
supply the extra electrons needed, e.g. Cu2+ SO4

2-.

  electron belonging to oxgen

  electron belonging to sulphur

  extra electron gained
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The nitrate group is formed 
by 1 nitrogen and 3 oxygen 
atoms.

 One extra electron has to 
be gained.
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PO4

The phosphate group is 
formed by 1 phosphorus 
and 4 oxygen atoms.

 Three  extra electron had 
to be gained.

C
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The carbonate    group is 
formed by 1 carbon     and 
3 oxygen atoms.

 Two   extra electron had to 
be gained.

CO3

N

• •

• •

H

H

H

H N

• •

• •

H

H

H

H

NH4

The ammonium group is 
formed by 1 nitrogen and 
4 hydrogen atoms.

One  extra electron had to 
be lost. 

Once formed, compounds with molecular ions behave like all other ionic compounds :-

 ➢ if soluble  , ionic bonds are broken when the solid dissolves in water
 ➢ when molten or in solution, ions move towards electrodes of opposite charge 
  (electrolysis)
 ➢ this movement of ions allows these compunds to conduct electricity 
  (electrolytes)
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2.3 Molecular Compounds

Bonding and Properties

This topic is about molecular compounds and some of the bonding forces that are present in 
their structures.

This activity considers the bonding present in molecular 
compounds and how this affects properties.

Carbon tetrafluoride  is a covalent molecular compound .

By sharing electrons, both the carbon and the fluorine 
atoms achieve the extra stability of a full outer shell.

The covalent bonds, however, go no further than the 5 
atoms making up each discrete molecule.
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x
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C OO
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carbon  tetrafluoride

phosphorus trichloride
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F — C — F
  |
  F
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Effect of Increasing the Number of Atoms
This activity looks at the effect that increasing the number of atoms has on the boiling points 
of the alkanes.

-50

-25

0

25

50

75

100

Boiling point ( °C )

125

150

3 4 5 6 7 8

Number of carbon atoms in the main alkane chain

As the number of carbon atoms in the molecules increases, the melting point increases.

This is because larger numbers of atoms produce more temporary dipoles and, therefore, 
more van der Waal’s forces between molecules.
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2.4 Polar Covalent Bonds
This lesson is about the unequal sharing of electrons in covalent bonds

Unequal Sharing This activity explores the effect that unequal sharing of 
electrons has on the atoms with a covalent bond.
In a molecule like F2, both atoms are exactly the same. They have 
equal attraction for the bonding pair of electrons.

The electrons are equally shared. This is a pure covalent 
bond.

A fluorine atom has a stronger attraction for electrons than a 
hydrogen  atom, The bonding pair is pulled closer   to the  
fluorine.

The fluorine becomes slightly negative (δ−), while the 
hydrogen becomes slightly positive (δ+). A permanent dipole is 
set up. This is a polar covalent bond.

9+

•
• •

• •
•

•
•

• 9+

x x

x
x

x

xx

x

x

F F

1+ • 9+

x x

x
x

x

xx

x

x

H F
δ+ δ−

How strong an Attraction ? This activity is about how different atoms have 
different strengths of attraction for the shared 
electrons in a covalent bond.

Electronegativity is a measure of the attraction an atom has for the shared electrons in a 
covalent bond.

Li

Mg

Rb

Cs

H

C

P

O F

Cl

Br

ISb

Transition Metals
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As you go across a period the trend is for the electronegativity to increase. 

The atoms are ‘shrinkin’ in 
size bringing any shared elec-
trons closer and closer to the 
nucleus.
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•
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•

•
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•
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As you go down a Group there is a decrease in the electronegativity

This is not surprising, as each atom has an extra energy level, (shell) 
further out from the nucleus.

The further from the nucleus the shared pair of electrons are, the weaker 
the attraction.

Electronegativity values can be used to determine the polarity of a 
covalent bond. The atom with the higher electronegativity value will 
have a stronger attraction for the shared pair of electrons. This atom 
will end up slightly negative, while the other atom is slightly positive.

The relative polarity of two bonds can also be compared using electron-
egativity values.  Subtracting one value from the other provides
a rough indication. The value for the H—Br bond is 0.7 (2.8 - 2.1). The 
value for the H—I bond is , showing that the   bond is more 
polar

H Br
2.1 2.8
H Br
δ+ δ−

H I
H I

Polar Molecules This activity is about polar molecules and the property which can 
be used to detect when they are present in a liquid.

A polar molecule is a molecule which has a permanent dipole ( a permanent slight positive 
charge on one side and a permanent slight negative charge on the other)

H
O

H
δ−δ+

A water molecule is a good example of a polar molecule.

It is polar, first of all, because the greater electronegativity  of the 
oxygen atom (     ) compared to the hydrogen atom (     ), makes the 
O—H bonds polar. 

Secondly, and just as important; the shape of the water molecule means that one side has a 
slight negative charge while the other side is slightly positive. This makes water a  polar 
molecule.
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Liquids which contain polar molecules can be detected using a charged rod. A fine jet of 
liquid from a burette will be attracted to the rod if the liquid contains polar molecules.

water alcohol (ethanol) white spirit (alkane) paraffin (alkane)

The O—H bond is polar, and the shapes of water and ethanol molecules are suitable, so 
these are polar molecules and were attracted towards the charged rod.

In alkanes, the bonds and the molecule shapes are not able to produce polar molecules, so 
they are not attracted towards the charged rod.

2.5 Polar-Polar Attractions
This lessonlooks in more detail at how the shape of a molecule can affect its overall polarity, 
and how this, in turn, can affect the forces acting between molecules.

Shape & Polarity This activity considers how the shape of a molecule can affect
its overall polarity.

H

H
Oδ+ δ−

The O—H bond is a polar covalent bond, 
with the oxygen slightly negative and the 
hydrogens   slightly positive.

Its shape results in a negative end and a 
positive end so it is a polar molecule.

The C = O bond is a polar covalent bond, 
with the oxygen slightly negative and the 
carbon     slightly positive.

Its shape doesn’t produce a negative end and 
a  positive end, it is not a polar molecule.

O = C = O
δ+ δ−δ−
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C

Cl

HH
H

δ+

δ+

δ+

δ−

C

H

HH
H

δ+

δ+

δ+

δ+

δ−

The C — H bond is a polar covalent bond, 
with the carbon    slightly negative and the 
hydrogens    slightly positive.

Its shape doesn’t produce a negative end and 
a  positive end, it is not a polar molecule.

In symmetrical molecules, like this, the 
dipoles cancel each other out

The C — H bond is a polar covalent bond, 
with the carbon      slightly negative and the 
slightly positive.

The C—Cl bond is even more polar with 
the chlorine slightly negative and the
 carbon slightly positive.

Overall this does produce a negative end and 
a  positive end so it is a polar molecule.

Solubilities This activity compares the intermolecular forces between polar and 
non-polar molecular compounds in terms of their ability to dissolve in 
different solvents

Polar→polar attractionsare intermolecular forces of attractions that exist between 
molecules which have a permanent overall dipole.

Polar→polar attractions are permanent and, therefore, stronger than the temporary dipoles 
set up in non-polar molecules, Van der Waals forces.

Polarity Solubility in
heptane (non-polar)

Solubility in
propanone (polar)

Molecular
Compound

hexane
C6H14

toluene
CH3C6H5

trichloroethane
CH3CCl3

ethanal
CH3CHO

non-polar

nearly
non-polar

polar

polar

When the intermolecular attractions are fairly similar, then molecules can mix easily be 
miscible  - ‘like dissolves like’. If the molecules of one substance have much stronger 
attractions then they will tend to form separate layers, be immiscible.

✓✓
✓ ✓
✓ ✓
✓ ✓
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Comparing Boiling Points This activity compares the boiling points of polar and 
non-polar molecular compounds

It is only fair to compare molecules of   ➢ similar size
        ➢ similar shape
        ➢ similar numbers of electrons

iodine chloride
  b.p.       °C

bromine
  b.p.       °C

Both molecules are of similar size , identical shape and 
have similar numbers of electrons (       ). Both molecules 
have similar Van der Waal’s forces.

Iodine choride has a higher boiling point because of the 
extra permanent polar attractions that exist.

Both molecules are of similar size  ,similar shape and have 
similar numbers of electrons (       ). Both molecules have 
similar Van der Waal’s forces.

Methanal has a higher boiling point because of the extra 
permanent polar attractions that exist.

methanal
  b.p.       °C

ethane
  b.p.       °C

ether
  b.p.       °C

propane
  b.p.       °C

Both molecules are of similar size , similar  shape and 
have similar numbers of electrons (       ). Both molecules 
have similar Van der Waal’s forces.

Ether has a higher boiling point because of the extra per-
manent polar attractions that exist.

The stronger the forces of attraction that exist between molecules, the higher the boiling 
point. The attractions that exist between moleules with permanent dipoles are stronger than 
Van der Waal’s forces (temporary→induced dipoles).

2.6 Hydrogen Bonding
This lesson looks at hydrogen bonding, how it arises, and its effect on properties such as 
melting point, boiling point, and viscosity.

Hydrogen Bonds This activity is about the extra bonding strength of 
the hydrogen bond and the situations in which it can 
arise.

Molecules such as ammonia (NH3), water (H2O)  and 
hydrogen fluoride (HF) have stronger attractions than 
Van der Waal’s forces or polar→polar attractions.

F
H
δ+

δ−

FH
δ+ δ−

hydrogen

bond
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Weak Bonding Forces
Van der Waal’s forces

polar→polar attractions

Hydrogen bonds are only set up  where a strongly polar covalent bond already exists 
between a hydrogen atom and a small, strongly electron attracting atom. There are only 3 
really suitable bonds:
     Nδ−—Hδ+  Oδ−—Hδ+  Fδ−—Hδ+

F
H
δ+

δ−

FH
δ+ δ−

hydrogen

bond

These bond must also line up so that the hydrogen is in 
a straight line between two slightly negative atoms: this 
leads to much stronger than normal attractions called 
hydrogen bonds. 

Intermediate strength
Hydrogen bonds

Very Strong Forces
Covalent bonds

Ionic bonds
Metallic bonds

This activity examines the boiling points of the hydrides of group 
7 elements in relation to the intermolecular forces present.

Boiling Points

-100

-80

-60

-40

-20

0

20

Boiling point ( °C )

row 2 row 3 row 4 row 5

row number of the halogen atom

As molecular size decreases we expect the boiling point to decrease as attractions, 
especially Van der Waal’s forces, decrease.

We would expect, therefore that the boiling point for hydrogen fluoride would be about 
-108°C. It is in fact, 19°C, about 120 ° higher than expected.

The extra energy is needed to overcome the much stronger hydrogen bonds that exist 
between molecules of hydrogen fluoride.



KHS Jun 99 page   16

Compounds  & Bonding Unit 1 Section 2

Higher

Viscosity & Bonding This activity examines the effect of hydrogen bonding on the 
viscosity of a liquid by timing how long two liquids take to 
drain from a burette.

Two molecules of similar size , similar shape and number 
of electrons are used to ensure that Van der Waal’s forces 
would be very similar.

  Molecule X   Molecule Y
  (propanone)   (propan-2-ol)

   polar    polar

  hydrogen bonding  hydrogen bonding
    not present      is present

   seconds to   seconds to
  drain from 0 to 50  drain from 0 to 50

surface

at zero

test

liquid

Propan-2-ol is more viscous than propanone because the H—O bond is very polar and the 
slightly positive hydrogen atom (Hδ+) can end up in a straight line between two slightly 
negative oxygen atoms (Oδ−).

The extra attractions (hydrogen bonds) set up between the molecules of propan-2-ol make 
the molecules tend to stick together and make it a more viscous liquid

2.7 Water
This lesson is about water molecules and the intermolecular forces that act between them. 

Boiling Point This activity considers the boiling point of water in relation to 
the boiling points of the other group 6 elements.

  H2O        H2S       H2Se    
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row number of the group 6 atom

-60

-40

-20

0

20

40

60

Boiling point ( °C )

row 2 row 3 row 4 row 5

80

100

As molecular size decreases we expect the boiling point to decrease as attractions, 
especially Van der Waal’s forces, decrease.

We would expect, therefore that the boiling point for water would be about -108°C. It is in 
fact, 100°C, about 120 ° higher than expected.

The extra energy is needed to overcome the much stronger hydrogen bonds that exist 
between molecules of  water.

Structure of Ice This activity looks at the structure and bonding in ice and how 
this explains it unusual density.

Normally molecular solids are denser than their own liquids. 
This is because the increasing attractions (van der Waal’s) pull 
the molecules closer and closer together as the solid forms.

For example, a piece of candle wax will sink when dropped 
into liquid wax. 

Ice floats on water because it is less dense. 
The  strongest attrac     between  the water 
molecules are the hydrogen bonds.

Hydrogen bonds are  stronger, making ice a 
strong structure (think of the Titanic !). 

Hydrogen bonding also makes the water molecules  
line up so that the hydrogen atoms (Hδ+) are in a 
straight line between two  oxygen atoms (Oδ−).

The water molecules end up further apart in solid ice than 
in liquid water - so ice is less dense than water.

O

O

O

O

O

O
HH

H

H

H

H H

H

H
H

H

H
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Dissolving in water This activity looks at the type of substances which dissolve 
readily in water and explains it in terms of intermolecular 

Polarity Solubility in
water

Molecular
Compound

hexane
C6H14

toluene
CH3C6H5

trichloroethane
CH3CCl3

ethanal
CH3CHO

non-polar

nearly
non-polar

polar

polar

Water is made up of small polar molecules with hydrogen bonds the main intermolecular 
forces, even in the liquid state.

For another substance to dissolve in water it has to able to produce intermolecular forces of 
similar strength.

Ability to form
hydrogen bonds

with water

Hydrogen
bonding
present

propan-2-ol
CH3CHOHCH3

polar

✗

✗

✗

✓

✗

✗

✓

✓

✗ ✗

Miscible liquids, those that mix and dissolve in water, must have hydrogen bonds already 
or the ability to form hydrogen bonds with water molecules.

Some ionic substances can
also dissolve in water.

The polar nature of the water
molecule allows it to attract
both positive and negative ions.

The attractions between water 
molecules and these ions   are
similar in strength to the hydrogen bonds 
that exist between water molecules.

Water is reasonably unique in this ability to 
dissolve both ionic and covalent substances.

✓
✓
✗

✗

✗
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UNIT 1.   ENERGY MATTERS

Due to different nuclear charge, different sizes of 
atoms, different numbers of inner shells (screening)

Electronegativity values in Data book give a useful 
numerical comparison.

 → Period   attraction increases ↑
 ↓   Group   attraction decreases ↓

Can use electronegativity values:
 difference < 0.5    covalent
     >0.5 but <1.5 polar covalent
     >1.5     highly polar→ionic

No real difference between compounds &  ele-
ments

See ‘rule of thumb’ in 4. above

Dipole = positive end / negative end

 δ+H
   Oδ -     δ -O = C = Oδ -

 δ+H       Polar    Non-polar (symmetrical)

These are intermolecular attractions

These are the strongest of the intermolecular 
attractions but are still weaker than covalent, 
metallic and most ionic bonds

Section 2: Compounds & Bonding

1. Atoms of different elements have different 
 attractions for bonding electrons

2.  Electronegativity is a measure of the attraction  
 an atom involved in a covalent bond has for the  
 shared pair of electrons

3. Electronegativity values increase across a 
 period and down a group

4. The type of bonding in a compound is related 
 to the positions of its constituent elements in 
 thePeriodic Table

5. Ionic bonding  is the electrostatic force of 
 attraction between positively and negatively   
 charged ions

6. Atoms in a covalent bond are held together by  
 the electrostatic attractions between 
 positively charged nuclei and the negatively 
 charged shared electrons

7. The polarity of a covalent bond depends on the  
 electronegativity between the bonded atoms

8. A molecule is described as polar if it has a 
 permanent dipole

9. The spatial arrangement of polar covalent 
 bonds  can result in a molecule being polar

10. Permanent dipole → permanent dipole 
 interactions are extra attractions and are    
 stronger than the Van der Waal's forces that 
 always exist between all molecules

11. Bonds between hydrogen atoms and strongly
 electronegative element such as F, N or O are
 highly polar

12. Hydrogen bonds are the electrostatic 
 attractions between molecules which 
 contain these highly polar bonds.
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13. A covalent network structure consists of a 
 giant lattice of covalently bonded atoms

14. Covalent networks have high melting points, 
 high boiling points and are usually very hard

15. The uses of covalent networks are related to 
 their properties

16. An ionic structure consists of a giant lattice of
 oppositely charged ions

17. Ionic networks usually have high melting and  
 boiling points and can conduct when molten or  
 in solution

18. A covalent molecular structure consists of 
 discrete molecules held together by 
 intermolecular forces

19. The melting points and boiling points of polar  
 substances are higher than non-polar 
 substances with similar molecular sizes

20. The anomalous boiling points of ammonia 
 (NH3), water and hydrogen fluoride are a 
 result of hydrogen bonding

21. Hydrogen bonding between molecules in ice
  results in an expanded structure, which causes  
 the density of ice to be less than that of water 
 at low temperatures

22. Ionic compounds and polar molecular 
 compounds tend to be soluble in polar solvents  
 such as water and insoluble in non-polar 
 solvents

23. Non-polar molecular substances tend to be 
 soluble in non-polar solvents and insoluble in  
 polar solvents

24. Boiling points, melting points, viscosity and 
 miscibility in water are properties of 
 molecular substances which are effected by 
 hydrogen bonds

 e.g silicon dioxide, SiO2

  silicon carbide, SiC

 e.g silicon dioxide - sandpaper
  silicon carbide, - drill bits

non-polar     -  van der Waal’s forces only
polar      -  stronger polar→polar attractions
highly polar   -  even stronger hydrogen bonds

Increased attractions mean that more energy is 
needed to move these molecules further apart

Even more energy needed to overcome these even 
stronger attractions

As water cools, its molecules move closer and 
closer together ..... until about 4°C. As water nears 
0°C the water molecules arrange themselves into 
hexagonal rings and are now further apart.

‘ like dissolves like’

‘ like dissolves like’ In reality labels like 'polar' 
and 'non-polar' are less important than the relative 
strengths of intermolecular bonding


