
YOU WILL eXAMINe:

■ the special properties of water and their explanations in
terms of hydrogen bonding

■ why the special properties of water are important to life
■ the importance of the solvent properties of water to

aquatic and marine life

■ the mechanisms by which substances dissolve in water
■ precipitation reactions and their representation by both

full and ionic equations.

12 Properties of water
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Water is essential to 
the life of these birds. 
Flamingos rely on the salts 
dissolved in the water in 
which they live to create 
ideal conditions for the 
production of their food. 
The water also supports the 
growth of micro-organisms 
that produce alpha and 
beta carotene; these micro-
organisms form part of the 
fl amingos’ diet, and the 
carotenes give them their 
vibrant colouring.

We never know the worth of water 
till the well is dry.
Thomas Fuller

Water — the life force
The physical properties of water
Hydrogen bonding and the properties of water
Effects of hydrogen bonding on the properties of water
Water as a solvent
Solubility
Using water as a solvent
Mixing solutions
Precipitation reactions
Ionic equations
Chapter review
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Unit 2220

Water — the life force
More than 70% of the Earth’s surface is covered by water. Th rough the water 
cycle, water is recycled in the ocean and the atmosphere, and on the landmass 
(in rivers, lakes and sub-surface water). Th e human body also consists largely 
of water. What is so special about water?

Water is essential to life on 
Earth. Plants and all living 
creatures need it to survive.

the physical properties of water
Water is a polar, discrete molecular compound. At 25 °C, water is a colourless, 
odourless liquid. It freezes at 0 °C and boils at 100 °C. It is found in all forms — 
solid, liquid and gas.

Water has many properties that have resulted in the development of life on 
Earth in the form that we know it. For example, it needs a great deal of energy 
to heat up (having both a high melting temperature (0 °C) and a high boiling 
temperature (100 °C) ), and it holds heat longer than most other substances.

Latent heat
When a substance changes phase (for 
example, when ice melts and becomes 
water, or water becomes water 
vapour), energy is needed. Th is energy 
comes from the surrounding atmos-
phere. Th e energy needed to change 
the phase of a substance at its melting 
or boiling temperature is called the 
latent heat of that substance. Th e 
symbol for latent heat is l. Common 
units are kJ mol–1 and J kg–1.

Th e latent heat of fusion of water is the amount of energy needed to 
change a fi xed amount of water from a solid to liquid phase at 0 °C. Th e bonds 
between the ice molecules must be broken so that the water molecules can 
move around more freely in a liquid state. Th e latent heat of fusion of water 
is 6.02 kJ mol–1, so 6.02 kJ of energy must be supplied to change each mole of 
water from solid to liquid.

Water exists naturally on 
Earth in all three states. It is 
continuously being recycled due 
to the water cycle and has many 
important properties essential for 
maintaining life.

Unit 2 Latent heat of 
vaporisation 
and evaporative 
cooling
Summary screen 
and practice 
questions

AOS 1

Topic 1

Concept 3
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The latent heat of water. Energy 
is needed to break the bonds 
between the water molecules. 
This causes the temperature to 
remain constant even though 
the water is being heated.UNCORRECTED P
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221CHAPtER 12 Properties of water

Th e latent heat of vaporisation of water is the amount of energy needed to 
change a fi xed amount of water from a liquid to a gas at 100 °C. Th e remaining 
forces holding the water molecules together must be overcome so that the 
molecules may move around freely as a gas.

Th e higher the latent heat of a substance, the greater the amount of energy it 
needs when it changes phase. Water has much higher latent heat values than 
other substances of a similar size owing to the stronger intermolecular forces 
within its solid and liquid states.

Th e latent heat of vaporisation of water is 40.7 kJ mol–1, which means that 
40.7 kJ of energy must be supplied to vaporise one mole of water. 

Th e relatively high latent heat of vaporisation of water is very useful in 
keeping organisms cool through perspiration. In humans, when a person per-
spires, droplets of liquid water on the skin evaporate by absorbing heat energy 
from the body. As seen above, this change from liquid water to water vapour 
requires a large amount of heat energy, making perspiration an effi  cient mech-
anism for removing unwanted heat from the body. It is interesting to note that, 
if there is already a lot of water vapour in the air (as is the case when humidity 
is high), this process is slow with the result that people often feel hot and 
uncomfortable on such days.

Another consequence of water’s relatively high latent heat of vaporisation 
is that water evaporates more slowly than many other liquids. Given 
that we store large amounts of water in dams and lakes, this means that 
losses due to evaporation from their surfaces are lower than they would 
otherwise be.

clouds

evaporation
rain

river
sea

The water cycle. The relatively high latent heat of vaporisation of water, 40.7 kJ mol−1, 
means that a large amount of energy from the sun and surroundings is needed for 
evaporation.

Latent heat measures the amount 
of energy required to change the 
state of a given amount of substance. 
Th e latent heat of fusion measures 
the change from solid to liquid, 
while the latent heat of vaporisation 
measures the change from liquid to 
gas. Water has a relatively high latent 
heat for both these processes.
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Unit 2222

Specifi c heat capacity
Th e specifi c heat capacity of a substance is the amount of energy needed to raise 
the temperature of one gram of the substance by one degree Celsius. Th e formula 
Q = mc∆T follows from this defi nition, where Q is the energy required (in J) to 
raise m g of a substance of specifi c heat capacity c by ∆T degrees Celsius.

Sample problem 12.1

How much energy is needed to raise 250 mL of water from 20 °C to 100 °C?

 Q = mc∆T
 = 250 × 4.15 × (100 − 20)
 = 83 kJ

Th e higher the specifi c heat capacity of a substance, the more energy it must 
absorb to raise its temperature. Th e specifi c heat capacity of water is almost 
fi ve times higher than that of soil particles or rocks. Th is makes it an excellent 
insulator of heat. Water also retains heat fi ve times more eff ectively than land, 
but may take fi ve times longer than land to heat up. 

Th e high specifi c heat capacity of water is also important for life in the oceans 
and for climate moderation. It means that water eff ectively acts as a buff er against 
large fl uctuations in temperature. Th is is due to its ability to absorb large amounts 
of heat energy with only a minimal increase in temperature. Th e temperature of 
marine environments is thus made more stable, so that organisms can live in 
optimal conditions. On a global scale, extremes in temperature are evened out 
due to oceanic water absorbing heat from the atmosphere in the tropics and 
releasing it when ocean currents take this water to the polar regions.

TABLe 12.1 Speci� c heat capacity of some common substances

Substance Specifi c heat capacity (c) (J g−1 °C−1)

water 4.15

ethanol 2.5

vegetable oil 2.0

soil (wet) 1.5

aluminium 0.90

concrete 0.88

glass 0.84

sand (dry) 0.80

soil (dry) 0.80

copper 0.39

gold 0.13

lead 0.13

Note that the symbol for specifi c heat capacity is c.

Density
Th e density of a substance is a measure of the amount of mass that is contained 
in a certain volume of that substance. It is calculated by using the formula 
d = m/v (where m is the mass of the substance and v is its volume). Typical 
units are g cm−3 and kg m−3. Th e offi  cial symbol for density is ρ, although d is 
still commonly used.

Th e density of water varies across its three states due to expansion and con-
traction and this depends on its temperature. Table 12.2 shows the density of 
ice and water at selected temperatures.

Unit 2 Specifi c heat 
capacity of 
water
Summary screen 
and practice 
questions

AOS 1

Topic 1

Concept 2

Beaches are popular places on 
hot days because of water’s 
cooling properties. On hot 
days, people go to the beach 
because the shore is cooler 
than inland areas. The water can 
absorb heat from its warmer 
surroundings so that the air 
temperature by the seashore is 
lowered. 

Solution:

Th e specifi c heat capacity of a 
substance is the amount of energy 
required to raise one gram of it by 
1 °C. It is therefore a measure of how 
easy or how diffi  cult it is to change the 
temperature of a substance. Water 
has a high specifi c heat capacity 
(4.15 J g–1 C–1), which means that its 
temperature is diffi  cult to alter.

eLesson
Phase changes
eles-2487

Water has an unusual property: its 
solid form, ice, is less dense than 
its liquid form. Th e molecules in 
the solid form are arranged in a 
more structured hexagonal way. 
Th is means that ice fl oats on water 
and that water freezes from the 
surface down.
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223CHAPtER 12 Properties of water

TABLe 12.2 Density of ice and water at selected temperatures

ice Liquid water

temperature 
(°C)

Density ( ρρ )
(g cm−3)

temperature 
(°C)

Density ( ρρ )
(g cm−3)

−50 0.922  0 0.999  84

−40 0.921  2 0.999  94

−30 0.920  4* 0.999  98

−20 0.919  6 0.999  94

−10 0.919  8 0.999  85

  0 0.916 10 0.999  7

20 0.998  2

25 0.997  1

30 0.995  7

∗Water has its highest density at 3.98 °C.

An inspection of table 12.2 reveals two inter-
esting facts about water. Th e fi rst is that it has its 
maximum density not at its freezing point but at 
4 °C. Th is means that water that is approaching 
0 °C, and is therefore close to freezing, fl oats to the 
top as it is less dense than the surrounding water. 
Th e second is that ice has a density that is signifi -
cantly less than water at the temperatures shown. 
Th is is the reason that ice fl oats on water. 

Th e fact that water freezes with a layer of ice 
across the top is attributable to both these prop-
erties. Th e water that is about to freeze is at the sur-
face and, when it does turn into ice, its lower density 
keeps it there. Th e layer of ice that forms then acts 
as an insulator, preventing the water below from 
freezing. Th is means that aquatic life can survive, 
even in sub-zero conditions. If ice were denser 
than water, some bodies of water would freeze solid 
during winter and the aquatic life would die. 

Th is unusual property of ice also explains why 
bottles full of water crack if they are allowed to 
freeze in a refrigerator. Th e lower density of ice 
compared with water means that a given mass 
of water expands when it freezes. Th is resulting 
pressure breaks the bottle. Th e same principle can 
be an important weathering phenomenon, where 
water freezes after seeping into cracks in rocks. As 
it freezes, enough pressure can build up to crack the 
rocks and contribute to their eventual erosion.

Solid ice fl oating on top of a 
lake supports the weight of 
this team of dogs and its sled.

Icebergs form when sections of the frozen icecap 
break off and fl oat in the sea. When ice forms on the 
surface of water it acts as an insulator, preventing the 
water below from freezing. This means that aquatic life 
can survive, even in sub-zero conditions. If ice were 
denser than water, some bodies of water would freeze 
solid during winter and the aquatic life would die.
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Unit 2224

Electrical conductivity
A substance conducts electricity only if it contains charged particles that are able 
to move. Th e covalent bonding in water, which results in the formation of neu-
tral molecules, means that it should not conduct electricity — even though these 
molecules move freely in the liquid state. However, pure water does conduct 
electricity very slightly. Th e amount is so tiny that it is still often described as a 
non-conductor. Th e reason for this is the ability of water molecules to react slightly 
with themselves to form a small number of ions. Th is is called the self-ionisation of 
water and is discussed more fully in chapter 14. Th e equation for this reaction is:

H2O(l) + H2O(l)  H3O+(aq) + OH−(aq)

Th e small extent of this reaction means that only a few ions are formed and the 
resulting conductivity is virtually zero.

Th is fact may surprise a number of people. We are all accustomed to warn-
ings that water and electricity do not mix and have seen such warnings on 
appliances such as hair dryers and bathroom heaters. Th ese warnings are 
necessary because the water that we use every day is never pure, but contains 
other substances dissolved within it. Often these substances are ionic or react 
to form ions in the water. Once such ions are present, the water conducts freely 
as the charged particles are able to move.

Hydrogen bonding and the properties 
of water
Water is a small molecule that contains only three atoms. It would therefore 
be expected that the dispersion forces between its molecules are quite weak. 
While this is true, there is also another type of force between water mol-
ecules. Th is is hydrogen bonding and, although it is certainly a lot weaker than 
the covalent bonds that hold the molecule together, it is nevertheless much 
stronger than the dispersion forces mentioned above. 

When a molecule consists of atoms with diff erent electronegativities, the 
bonding electrons are attracted toward the atom with the stronger electro-
negativity. Th e atom gaining a greater share of the bonding electrons becomes 
slightly more negatively charged than the atom that had the lower electroneg-
ativity. Th at atom then becomes slightly positively charged.

Diff erences in charges at either end of a molecule produce a polar molecule. 
Th ese slight negative and positive regions cause the molecules  to attract other 
polar molecules quite strongly. Th e stronger the attraction, the closer the mol-
ecules can get, and the stronger the resulting intermolecular bond.

A special case exists when the atoms making up the molecule consist of 
hydrogen bonded to oxygen, fl uorine or nitrogen. Th e high electronegativity 
diff erence causes the hydrogen’s electron to move toward the non-metal, 
resulting in a polar molecule. When this molecule approaches another polar 
molecule, the slightly positive hydrogen end moves slightly toward the nega-
tive end of the other molecule. Hydrogen has only one electron, and when this 
electron has moved toward the non-metal making up the molecule, there are 
no other electrons left to shield the hydrogen nucleus from the negative region 
it is approaching. Such molecules can therefore attract other molecules very 
closely, resulting in a stronger bond than would be the case if hydrogen were 
not involved. Th is extra-strong intermolecular force is called a hydrogen bond.

In water the eff ects of this hydrogen bonding can be seen clearly when we 
compare melting and boiling temperatures for other hydrides in group 16. 
Th ese changes of state both involve overcoming intermolecular forces that 
exist between the appropriate molecules. Melting and boiling temperatures 
can therefore indicate the comparative strengths of these forces.

Water molecules are not only polar, 
but also contain hydrogen–oxygen 
bonds, creating hydrogen bonding 
between the water molecules. 
Th is bonding is the reason for the 
important properties of water.

eLesson
Hydrogen bonding
eles-2483
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The hydrogen bond attraction 
between two water molecules. 
These diagrams are different 
representations.
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225CHAPtER 12 Properties of water

TABLe 12.3 Melting and boiling temperatures of group 16 hydrides

Hydride Formula
Molar mass 

(g mol−1)

Melting 
temperature 

(°C)

Boiling 
temperature 

(°C)

water H2O 18   0 100

hydrogen 
sulfi de

H2S 34 −86 −61

hydrogen 
selenide

H2Se 81 −65 −42

hydrogen 
telluride

H2Te 129.6 −51  −2

If either melting or boiling temperatures are compared, it seems that water 
is an anomaly. If water is ignored, there is an obvious trend of increasing tem-
peratures as one goes down the group. Th e larger the molecule, the higher are 
its melting and boiling temperatures. Th is is exactly what would be expected 
if dispersion forces were the only signifi cant intermolecular force present. 
Th e values for water, however, indicate that the intermolecular forces are 
much stronger than expected for just dispersion forces alone. Th is is because 
hydrogen bonding is also present as an additional, much stronger, force 
between the molecules. Water contains hydrogen–oxygen bonds, which, as 
mentioned previously, allow for the formation of comparatively strong perma-
nent dipoles that are called hydrogen bonds.

Effects of hydrogen bonding on 
the properties of water
Hydrogen bonding signifi cantly aff ects the physical properties of a substance. 
For example, the existence of hydrogen bonding between water molecules 
results in:
•	  the relatively high melting and boiling points of water compared with simi-

larly sized molecular substances. More heat is required to enable the mol-
ecules to gain suffi  cient kinetic energy to break free of the hydrogen bonds, 
which are stronger than dispersion forces alone.

•	 the expansion of water upon freezing. Th e open, hexagonal crystalline lat-
tice of ice places the water molecules further apart than occurs in the liquid 
state. Because water expands on freezing, it is less dense as a solid. Ice there-
fore fl oats on water.

(a)

Water molecules move too quickly 
when in liquid form to form regular 
structures; however, they still 
remain attached.

(b)

When in solid 
form (ice), water 
molecules join 
together to form 
hexagonal 
structures.

Hydrogen bonding in water

•	 the relatively high latent heat values for fusion and evaporation of water. 
Because hydrogen bonding is a signifi cant intermolecular force in water, 
more energy is required for the necessary changes in arrangement between 
molecules when either melting or evaporation occurs.

•	 the relatively high specifi c heat capacity of liquid water. Th is can also be 
explained by the higher than usual forces of attraction between molecules 
caused by hydrogen bonding. Temperature is related to the average kinetic 

Unit 2 Melting and 
boiling points of 
water
Summary screen 
and practice 
questions

AOS 1
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Concept 1
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Water and ice structure
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Unit 2226

Summarising the behaviour of substances in water:
•	 Th ey may remain undissolved. Th ese substances are insoluble.
•	 Ionic substances (e.g. sodium chloride) may dissociate. Th is means that 

water pulls the ions from the solid structure and they then move apart and 
spread throughout the water to form a solution. Th ese substances are sol-
uble. Ions present become surrounded by water molecules. Th e resulting 
solution conducts electricity.

•	 Polar molecules may react with water to form ions. Th is is called ionisation, 
and is a feature of many acids and bases. Substances that ionise in water 
conduct electricity.

•	 Other polar molecules, although they do not react with water as above, may 
still form hydrogen bonds with water and undergo dissociation. Th ese sub-
stances are also soluble. Sugar and ethanol are in this category. Th ese solu-
tions do not conduct electricity.

Solubility of gases in water
Polar gases dissolve easily in water. For example, both ammonia gas, NH3, and 
hydrogen chloride gas, HCl, dissolve in water. Both of these gases are com-
posed of polar molecules.

A gas such as oxygen or carbon dioxide is made up of mol-
ecules that are non-polar. Th ese non-polar gases do not 
dissolve as easily. Only a very small amount of oxygen gas 
dissolves in water, but this is enough for cellular respiration 
in plants and fi sh. Likewise, the small amount of dissolved 
carbon dioxide in water enables photosynthesis to take 
place in aquatic plants. An increase in pressure on the gas–
water mixture causes more of the gas to dissolve in the water. 
Carbon dioxide is dissolved in water under pressure to make 
‘carbonated’ drinks. When the top is removed from a bottle of 
carbonated drink, the pressure is released and the gas starts 
coming out of solution.

Temperature also infl uences the amount of gas that dissolves 
in water. An increase in temperature generally decreases the 
solubility of gases in liquids.

Air bubbles can be trapped 
in glacial ice for thousands of 
years.

Unit 2 Dissolving ionic 
substances
Summary screen 
and practice 
questions

AOS 1

Topic 1

Concept 4

Unit 2 Dissolving 
molecular 
substances
Summary screen 
and practice 
questions

AOS 1

Topic 1

Concept 5

When the pressure is released 
on a bottle of carbonated 
drink, the dissolved carbon 
dioxide gas can no longer 
remain dissolved, and so it 
bubbles out. Eventually, the 
drink becomes ‘fl at’.

energy of the particles involved and, for particles that are all the same (i.e. 
water molecules), it is in turn related to their velocities. Th e higher than usual 
attractions between water molecules mean that more energy is required to 
speed them up and thus increase the temperature.

•	 the ability of water to dissolve other substances. Water’s ability to form 
hydrogen bonds gives it a very strong attraction to molecules such as sugar 
and alcohol. Although these compounds are discrete molecules, they dis-
solve very easily in water because they also form hydrogen bonds with the 
water molecules. In fact, sugar is so soluble in water that it continues to dis-
solve until eventually syrup is formed.

Revision questions

1. Th e kinetic theory of matter describes strong forces of attraction pulling 
molecules close together as they slow down upon cooling, with the sub-
stance contracting. However, water expands upon freezing. Explain why 
water behaves diff erently.

2. Explain why perspiring on a hot day is an eff ective mechanism for cooling 
warm bodies.

Water as a solvent
Water is sometimes called ‘the universal solvent’, because it dissolves so 
many diff erent substances — in particular, salts. Th e issue raises a number of 
questions:
•	 Why does water dissolve salts?
•	 Why does oil not dissolve in water?
•	 What substances dissolve in oil?

To answer these, we must look at the forces that hold the molecules of water 
and each of the other substances together.

Water is a molecule containing an atom of oxygen bonded to two hydrogen 
atoms with covalent bonds. Each molecule of water has a slightly negative 
region (represented by the symbol δ−, ‘delta negative’) where the oxygen atom 
is, and a slightly positive region (represented by the symbol δ+, ‘delta positive’) 
where the hydrogen atoms are. In other words, water molecules are polar. 

Solubility
Dissolving occurs when one substance is pulled apart by another, or moves into the 
spaces within another. Th e solubility (that is, the extent to which a solute can dis-
solve in a solvent) of one substance in another is determined to a large extent by the 
polar or non-polar nature of the solute and the solvent. Th is situation demonstrates 
the ‘like dissolves like’ rule used by chemists, namely that, if both the solvent and 
solute particles contain charged regions, it is likely that the solute will dissolve. 
For example, if the solute (the substance being dissolved) is polar, it is more likely 
to dissolve in a solvent (the substance doing the dissolving) that is also polar. It is 
very unlikely that a non-polar solute will dissolve in a polar solvent because there is 
nothing for the polar molecules to attract. Conversely, a non-polar solute dissolves 
in a non-polar solvent because neither has strong forces holding their molecules 
together. It dissolves because its molecules become more disordered.

Ionic crystals (salts) are made up of positive and negative ions. Th ey are 
more likely to dissolve in polar solvents than non-polar ones. Water is an excel-
lent solvent for many ionic and polar substances. When a salt is placed in water 
and dissolves, the positive and negative ions become surrounded by water 
molecules, which pull them apart. When the individual ions are surrounded by 
water, they are said to be hydrated ions.

Unusual properties of water 
include its relatively high melting 
and boiling temperatures and 
its expansion upon freezing. Its 
ability to form hydrogen bonds 
also explains why it is such a good 
solvent for other polar substances 
as well as many ionic substances.

Tap water contains varying 
amounts of dissolved minerals 
and gases. Chemically pure 
water never exists in nature 
because water dissolves so 
many substances.

Solubility measures the extent 
to which a solute dissolves in a 
solvent. Whether a solute dissolves 
can be predicted by the ‘like 
dissolves like’ rule. A polar solvent 
generally dissolves a polar solute. 
Non-polar substances usually 
dissolve in non-polar solvents.
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227CHAPtER 12 Properties of water

Summarising the behaviour of substances in water:
•	 Th ey may remain undissolved. Th ese substances are insoluble.
•	 Ionic substances (e.g. sodium chloride) may dissociate. Th is means that 

water pulls the ions from the solid structure and they then move apart and 
spread throughout the water to form a solution. Th ese substances are sol-
uble. Ions present become surrounded by water molecules. Th e resulting 
solution conducts electricity.

•	 Polar molecules may react with water to form ions. Th is is called ionisation, 
and is a feature of many acids and bases. Substances that ionise in water 
conduct electricity.

•	 Other polar molecules, although they do not react with water as above, may 
still form hydrogen bonds with water and undergo dissociation. Th ese sub-
stances are also soluble. Sugar and ethanol are in this category. Th ese solu-
tions do not conduct electricity.

Solubility of gases in water
Polar gases dissolve easily in water. For example, both ammonia gas, NH3, and 
hydrogen chloride gas, HCl, dissolve in water. Both of these gases are com-
posed of polar molecules.

A gas such as oxygen or carbon dioxide is made up of mol-
ecules that are non-polar. Th ese non-polar gases do not 
dissolve as easily. Only a very small amount of oxygen gas 
dissolves in water, but this is enough for cellular respiration 
in plants and fi sh. Likewise, the small amount of dissolved 
carbon dioxide in water enables photosynthesis to take 
place in aquatic plants. An increase in pressure on the gas–
water mixture causes more of the gas to dissolve in the water. 
Carbon dioxide is dissolved in water under pressure to make 
‘carbonated’ drinks. When the top is removed from a bottle of 
carbonated drink, the pressure is released and the gas starts 
coming out of solution.

Temperature also infl uences the amount of gas that dissolves 
in water. An increase in temperature generally decreases the 
solubility of gases in liquids.

Air bubbles can be trapped 
in glacial ice for thousands of 
years.

Unit 2 Dissolving ionic 
substances
Summary screen 
and practice 
questions

AOS 1

Topic 1

Concept 4

Unit 2 Dissolving 
molecular 
substances
Summary screen 
and practice 
questions

AOS 1
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Concept 5

When the pressure is released 
on a bottle of carbonated 
drink, the dissolved carbon 
dioxide gas can no longer 
remain dissolved, and so it 
bubbles out. Eventually, the 
drink becomes ‘fl at’.
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Unit 2228

Using water as a solvent
At the start of this chapter we saw that water has a number of special properties. 
These properties alone would make it a very useful and important chemical. In 
addition, as we have just seen, it is a very good solvent. This fact makes it even 
more useful in a wide range of contexts. Some of these include:
•	 industrial applications. Many chemicals are more easily handled and trans-

ported as solutions than in their pure states. Water facilitates many reactions 
by providing a convenient medium to bring reactants together. In elec-
trolysis reactions, solutions in water often provide a lower temperature alter-
native to using molten materials to achieve conductivity. From a safety point 
of view, chemicals can be diluted so that they pose less of a risk — larger 
volumes of more dilute solutions can be used instead of smaller volumes of 
more concentrated and potentially dangerous solutions. Water can be used 
to conveniently capture and dissolve by-products of industrial reactions, 
allowing them to be turned into useful products or to be processed further 
before release into the environment. 

•	 biological applications. The bodies of most organisms are made up of a 
large percentage of water. Humans, for example are about 60% water. Blood 
plasma and cells contain dissolved substances such as amino acids, pro-
teins, mineral ions, various types of sugars, digestion products and hor-
mones to name just a few. There are also waste products such as urea and 
carbon dioxide present. In plants, water in the cells and sap has a wide range 
of dissolved materials including nutrients, amino acids and sugar produced 
from photosynthesis.

•	 domestic applications. In the garden, many pesticides and nutrients are dis-
solved in water before being applied. Vinegar is a solution of ethanoic acid. 
Beverages contain a number of solutes responsible for their flavours. Aer-
ated drinks contain dissolved carbon dioxide. In the medicine cabinet are 
many aqueous solutions or products that are dissolved in water before being 
taken. Personal care products such as perfumes and mouthwashes can be 
added to this list. 
A special mention should also be made of soaps and detergents. These prod-

ucts are part of a larger group called surfactants. These contain molecules that 
are polar at one end and non-polar at the other. This enables them to dissolve 
in both water and oil, making them ideally suited as cleaning agents where oil 
and grease need to be removed.

Mixing solutions
When solutions are mixed, chemical reactions can occur between their dis-
solved components. A major use for water is, in fact, dissolving substances so 
that reactions between them can be carried out conveniently and at low cost. 
Neutralisation and precipitation reactions are carried out in water. Electrolysis 
reactions (such as electroplating) require that a substance conducts electricity 
and they often involve ionic substances. Such substances can be made to con-
duct either by melting them (which requires high temperatures and cost) or by 
dissolving them in water. The latter, in many cases, provides a more convenient 
and lower cost alternative.

Neutralisation reactions involve acids and bases. For example, antacid rem-
edies for heartburn and indigestion contain a base, often sodium hydrogen 
carbonate (also known as sodium bicarbonate). On its own, the antacid is 
stable. However, once it is combined with acid in the stomach, a reaction 
occurs that produces carbon dioxide (as well as water and a salt) and reduces 
acidity in the stomach. These types of reactions are discussed further in 
chapter 13.

Unit 2 Aspects of 
water as a 
solvent
Summary screen 
and practice 
questions

AOS 1

Topic 1

Concept 8

When solutions are mixed, 
chemical reactions may occur. 
Two common such reactions 
are neutralisation reactions 
and precipitation reactions. A 
precipitate is formed when a new 
combination of ions produces an 
insoluble substance.
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Precipitation reactions are used in many areas of everyday life. Water 
authorities often add chemicals such as alum to their water to deliberately 
bring about precipitation. As the newly formed precipitate settles, it also traps 
very fine suspended particles from the water, thus effectively removing them 
and making the water much clearer. A second common use is the removal of 
‘hardness’ from water by adding hydrated sodium carbonate (also known as 
washing soda). Ions that cause hardness, such as Mg2+ and Ca2+, react with the 
carbonate ions to form the corresponding insoluble carbonate. The ions are 
removed from the water and cannot react with soap to form a scum.

The ionic equations for these two reactions are:

Mg2+(aq) + CO3
2−(aq)  MgCO3(s)

Ca2+(aq) + CO3
2−(aq)  CaCO3(s)

Precipitation reactions
Although water is an excellent solvent for many ionic substances, there are 
some that it cannot dissolve. For substances such as these, water is unable to 
dissociate the ionic lattice structure and they are therefore insoluble. As we 
have seen briefly in chapter 11, when different solutions containing dissolved 
ions are mixed, it is sometimes possible that they will form an insoluble com-
bination. This produces solid particles that eventually settle out as a precipi-
tate. When equations for reactions such as these are written, the substance 
that forms the precipitate is easily recognised by examining the symbols of 
state. For example, when a solution of sodium chloride is mixed with a silver 
nitrate solution, silver chloride and sodium nitrate are formed. By examining a 
list of solubility rules (on the next page) or tables such as table 11.2, it becomes 
apparent that the precipitate observed must be silver chloride. The equation 
can therefore be written:

NaCl(aq) + AgNO3(aq)  NaNO3(aq) + AgCl(s)

Sample problem 12.2

By reference to the solubility rules, write equations for the following reactions.
(a) Sodium carbonate and magnesium chloride solutions are mixed.
(b) Barium nitrate and sodium sulfate solutions are mixed.

(a)

STep 1

Predict the products and identify whether one of these is a precipitate. The 
predicted products are sodium chloride and magnesium carbonate, and the 
precipitate is magnesium carbonate.

STep 2

Write the unbalanced equation using appropriate formulas.

Na2CO3 + MgCl2  NaCl + MgCO3

STep 3

Balance the equation.

Na2CO3 + MgCl2  2NaCl + MgCO3

STep 4

Add the symbols of state.

Na2CO3(aq) + MgCl2(aq)  2NaCl(aq) + MgCO3(s)

Unit 2 precipitation 
reactions
Summary screen 
and practice 
questions

AOS 1
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(b)

STep 1

Predicted products are sodium nitrate and barium sulfate. Th e precipitate is 
barium sulfate.

STep 2

Write the unbalanced equation using appropriate formulas.

Na2SO4 + Ba(NO3)2  NaNO3 + BaSO4

STep 3

Balance the equation.

Na2SO4 + Ba(NO3)2  2NaNO3 + BaSO4

STep 4

Add the symbols of state.

Na2SO4(aq) + Ba(NO3)2(aq)  2NaNO3(aq) + BaSO4(s)

Rules for solubility
Th e following rules classify salts according to their solubility:
1. All salts of sodium, Na+, potassium, K+, and ammonium, NH4

+, are soluble.
2. All nitrates, NO3

−, are soluble.
3. All chlorides, Cl−, bromides, Br−, and iodides, I−, are soluble except com-

pounds formed with silver and lead.
4. All sulfates, SO4

2−, are soluble except compounds formed with silver, lead, 
calcium, strontium and barium. AgSO4 and CaSO4 are borderline.

5. All phosphates and carbonates, PO2
3− and CO3

2−, are insoluble except com-
pounds formed with group 1 elements and ammonium.

6. All hydroxides, OH–, are insoluble except compounds formed with group 1 
elements, ammonium and barium. Calcium hydroxide is borderline.

7. All sulfi des are insoluble except compounds formed with group 1 and 
group 2 elements and with ammonium ions.

Th ese rules imply that compounds are either soluble or insoluble. Th is is not 
the case. Th ey are all soluble to a greater or lesser degree. Th ese rules simply 
help us to predict generally which salts are more likely to dissolve in water 
than others. 

The water in the Dead Sea 
contains a high concentration 
of dissolved salts that 
increases the density of the 
water. This means it is very 
easy to fl oat in.
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Revision questions

3. Use the rules for solubility to decide which of the following substances 
would be soluble in water.
(a) potassium nitrite (d) calcium carbonate
(b) sodium chloride (e) ammonium hydroxide
(c) lead sulfate (f) copper(II) sulfi de

4. Explain why water can act as a solvent for many salts.

ionic equations
In all the preceding equations, the elements and compounds have been written 
in their molecular or formula unit forms. However, in aqueous solutions, the 
reactions are best represented by simpler equations called ionic equations. 
Ionic equations are equations that show only the species that are formed or 
changed in a reaction. Any ions that remain unchanged in a reaction are not 
included in an ionic equation. Ions that are present in a reaction but do not 
react are called spectator ions.

Th e rules for writing ionic equations are as follows:
1. Write the balanced chemical equation.
2. Decide, from the solubility table, which substances are soluble and which 

will form precipitates.
3. Expand the equation by dissociating all the soluble compounds into their 

free ions.
4. Check for any molecular substances such as acids and certain bases that 

react with water to produce ions (hydrolyse). Replace the formulas of these 
substances by the ions that they form.

5. Cancel all free ions that are unchanged on both sides of the equation (the 
spectators).

6. Write the net ionic equation.
Note: Th e equation must be balanced in charge as well as in the number of 

atoms.
Precipitation and neutralisation reactions are often represented by ionic 

equations.

Writing ionic equations for precipitation 
reactions
When a salt is dissolved in water it breaks up, or dissociates, into its constituent 
ions:

NaCl(s) 
H2O

 Na+(aq) + Cl−(aq)

Th e symbol (aq) indicates that each ion has become surrounded by water 
molecules.

If a second soluble salt, silver nitrate, is added, it also dissociates:

AgNO3(s) 
H2O

 Ag+(aq) + NO3
−(aq)

When the ions of both solutions come into contact, a white precipitate of AgCl 
is formed.

Na+(aq) + Cl−(aq) + Ag+(aq) + NO3
−(aq)  AgCl(s) + Na+(aq) 

 + NO3
−(aq)

Precipitates are insoluble salts and so are not dissociated in solution.
Th e net ionic equation does not include the ‘spectator’ ions, Na+ and NO3

−; 
these remain unchanged and dissolved in solution (as if sitting on the sidelines 
watching).

Ag+(aq) + Cl−(aq)  AgCl(s)

Digital document
Experiment 12.1 Testing for solubility
doc-16002

Weblink
Balancing ionic equations 

Yellow lead(II) iodide 
precipitates in a solution of 
sodium nitrate.

UNCORRECTED P
AGE P

ROOFS



Unit 2232

Sample problem 12.3 

Write the ionic equation for the reaction between lead(II) nitrate solution and 
sodium iodide solution.

STep 1

Pb(NO3)2(aq) + 2NaI(aq)  PbI2(s) + 2NaNO3(aq)

STep 2

From the solubility table, all nitrates are soluble, so the precipitate is PbI2.

STeps 3 and 4

Expand the equation and then cancel any spectator ions.

Pb2+(aq) + 2NO3
−(aq) + 2Na+(aq) + 2I−(aq)  PbI2(s) + 2Na+(aq) + 2NO3

−(aq)

STep 5

Pb2+(aq) + 2I−(aq)  PbI2(s)

Revision questions

5. Write dissociation equations for (a) NaOH(s) and (b) Na3PO4(s).
6. Write ionic equations for the following reactions.

(a) barium chloride and magnesium sulfate solutions reacting to form 
barium sulfate and magnesium chloride

(b) calcium nitrate reacting with sodium carbonate in solution to form 
solid calcium carbonate and sodium nitrate solution

Unit 2 Writing ionic 
equations for 
precipitation 
reactions
Summary screen 
and practice 
questions

AOS 1

Topic 1

Concept 7

Solution:
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Unit 2 properties of 
water
Summary screens 
and practice 
questions

AOS 1

Topic 1Chapter review

Summary
 ■ Water is a polar, discrete molecular compound, 

covering about 71% of the Earth’s surface, where it 
can be found in all three states — solid, liquid and 
gas.

 ■ Water is essential for life, and the water cycle pro-
duces a continual supply.

 ■ The properties of water include:
 – a high latent heat of fusion — the latent heat of fusion 

is the amount of energy needed to change a fixed 
amount of water from the solid to the liquid state.

 – a high latent heat of vaporisation — the latent heat 
of vaporisation is the amount of energy needed to 
change a fixed mass of water from the liquid to the 
gaseous state.

 – a high specific heat capacity — the specific heat 
capacity is the amount of energy needed to raise 
the temperature of one gram of water by 1 °C.

 – a melting point (of 0 °C) and a boiling point (of 
100 °C).

 – a higher density in the liquid state than in the solid 
state.

 – non-conductor of electricity when pure. Impure 
water, however, can be an excellent conductor due 
to the presence of dissolved substances.

 ■ The values for the above properties of water are 
higher than for other substances of similar mol-
ecular size due to water’s strong intermolecular 
forces — especially hydrogen bonding. A hydrogen 
bond is formed only when the atoms making up the 
molecule consist of hydrogen bonded to oxygen, 
fluorine or nitrogen, which can attract each other 
very closely.

 ■ Water expands upon freezing. Marine life can survive 
in winter because the density of ice is less than liquid 
water. The ice floats on water due to its lower density, 
providing an insulating layer that prevents the water 
below from freezing.

 ■ Water is sometimes called ‘the universal solvent’. 
This is because it is an excellent solvent for many 
ionic and polar substances. This is due to its polarity 
and ability to form hydrogen bonds. Water is there-
fore attracted to ions and polar substances. If these 
attractions are strong enough to overcome the attrac-
tions between the molecules or ions of the other sub-
stance, that substance dissolves (the ‘like dissolves 
like’ rule).

 ■ A solute is a substance that is dissolved in a solvent 
to make a solution.

 ■ Solubility is the extent to which a solute can dissolve 
in a solvent and this depends on the temperature.

 ■ Any salts that contain any of the ions Na+, K+, NH4
+ 

and NO3
− are soluble.

 ■ Polar gases such as ammonia dissolve readily in 
water.

 ■ Non-polar gases such as oxygen and nitrogen have 
low solubility, but enough to sustain aquatic life.

 ■ An increase in pressure generally increases the solu-
bility of a gas in liquids.

 ■ An increase in temperature generally decreases the 
solubility of gases in liquids.

 ■ Dissociation is the process by which particles in the 
solid state are pulled apart by water and become able 
to move around. This results in the solid dissolving 
and a solution being formed.

 ■ Precipitation reactions occur when solutions of sol-
uble substances are mixed and an insoluble sub-
stance is formed.

 ■ An ionic equation is one that shows only the ions that 
are formed or changed during a chemical reaction.
Those that do not react are known as spectator ions 
and are not shown. Ionic equations are particularly 
useful for summarising precipitation reactions.

Multiple choice questions
 1. Which of the following is not a physical property of 

water?
A It freezes at 0 °C.
B It has a high specific heat capacity.
C It readily dissolves salts.
D It is odourless.

 2. Which of the following cannot be explained by the 
existence of hydrogen bonding in water?
A The relatively higher melting point
B The ability of water to dissolve other substances
C The expansion of water upon freezing
D The shape of the water molecule

 3. Which one of the following types of bonding would 
not be present in a sample of water?
A Ionic
B Covalent
C Dispersion
D Hydrogen

 4. The structure of ice is a lattice of hexagonal 
crystals. The bonding that holds the water 
molecules in the lattice together is best described 
as:
A hydrogen bonding only
B dispersion forces and hydrogen bonding
C ionic bonding
D covalent bonding.
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 5. In which of the following substances would you 
not expect to find hydrogen bonding?
A hydrogen fluoride
B water
C methane
D CH3CH2NH2

 6. The hydrogen bonding in water is an example of:
A intermolecular bonding
B intramolecular bonding
C covalent bonding
D ionic bonding.

 7. Which of the following terms best describes a 
substance that dissolves when added to water?
A A solvent
B A solute
C Insoluble
D Saturated

 8. Which of the following includes only water-
soluble substances?
A ammonium chloride, magnesium nitrate, 

sodium hydroxide, sodium sulfide
B ammonium nitrate, magnesium hydroxide, 

ammonium hydroxide, sodium chloride
C magnesium chloride, sodium nitrate, silver 

chloride, potassium chloride
D potassium nitrate, magnesium nitrate, copper 

sulfide, copper nitrate
 9. Which of the following compounds would appear 

as a precipitate in solution?
A ammonium sulfate
B barium nitrate
C barium sulfate
D ammonium hydroxide

 10. Which of the following is a correctly balanced 
ionic equation?
A Ba(aq) + SO4

2−(aq)  BaSO4(s)
B HSO4

−(aq) + H2O(l)  SO4
2−(aq) + H3O+(aq)

C Na+(aq) + 2Cl−(aq)  NaCl2(s)
D 2H+(aq) + SO4

2−(aq) + 2K+(aq) + 2OH−(aq)  
 2K+(aq) + SO4

2−(aq) + 2H2O(l)
 11. In which one of the following instances does a 

chemical reaction not occur?
A Solutions of ammonium chloride and lead 

nitrate are mixed.
B Solutions of magnesium bromide and sodium 

hydroxide are mixed.
C A piece of silver is dropped into dilute 

hydrochloric acid.
D Pentane, C5H12, is ignited.

Review questions
 1. Water is important for life. Keep a 24-hour record of 

how much water you use:
 ■ during a school day
 ■ during Saturday or Sunday.

Record the purpose and quantity of water used, 
then answer the following questions.
(a) Determine how much of the water, as a 

percentage, could be conserved.
(b) Does your water usage vary during a weekday 

as compared with a weekend?
(c) Would you expect water usage to vary between 

males and females or between young and old 
people? How?

Physical properties
 2. (a) List the properties of water.

(b) The properties of water can be explained 
by the nature of the intermolecular forces 
between water molecules. Explain.

 3. Explain why water is different from most liquids 
with respect to its density in the solid and liquid 
states.

 4. (a) What is latent heat?
(b) What is specific heat capacity?
(c) Explain how water is unique with respect to 

these two physical properties.
 5. If ice were denser than water, life as we know it 

would not exist. Explain this statement.

Solvent properties
  6. Chemists often refer to the ‘like dissolves like’ 

rule when describing the solubility of various 
substances in different liquids. How does this rule 
explain that:
(a) potassium chloride dissolves in water
(b) ammonia dissolves in water
(c) methane is insoluble in water?

ionic equations
 7. Identify the substances from the following list that 

are soluble in water.
(a) CaI2 (f ) NH4Cl
(b) KOH (g) Na2S
(c) AgCl (h) MgCl2
(d) AgI (i) CuS
(e) BaSO4 (j) Al(OH)3

 8. Predict whether a precipitate forms when solutions 
of the following are mixed.
(a) AgNO3 and KCl
(b) H2SO4 and BaCl2
(c) H2SO4 and NaCl
(d) NaNO3 and KCl
(e) (NH4)3PO4 and CaCl2
(f) (NH4)2S and Pb(NO3)2
(g) (NH4)2S and NaNO3
(h) CaCl2 and NaBr

 9. Write ionic equations for the reactions that form 
precipitates in question 8.
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 10. Write a molecular equation and an ionic equation 
for each of the following reactions (if no reaction 
occurs, write ‘no reaction’).
(a) Sodium hydroxide reacts with nitric acid.
(b) Solutions of potassium sulfate and calcium 

nitrate are mixed.
(c) Lead(II) nitrate solution is added to potassium 

iodide solution.
(d) Dilute hydrochloric acid is mixed with sodium 

hydrogen carbonate solution.
(e) Magnesium chloride is added to sodium phos-

phate solution.
(f) Solutions of potassium sulfide and zinc 

chloride are mixed.
(g) Ammonium carbonate solution is added to 

dilute nitric acid.
(h) Solutions of sodium sulfate and potassium 

bromide are mixed.

 11. What cations could be present in a solution that:
(a) gave a precipitate with sodium sulfate solution 

but not with sodium chloride
(b) gave a precipitate with sodium sulfate and 

with sodium chloride
(c) gave a precipitate with sodium sulfate solution 

but not with sodium hydroxide
(d) gave a precipitate with sodium carbonate but 

not with sodium hydroxide?
 12. Describe simple tests that would allow you to 

distinguish between solutions of:
(a) silver nitrate and zinc nitrate
(b) barium chloride and magnesium chloride
(c) silver nitrate and lead nitrate
(d) potassium sulfate and potassium chloride.
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exam practice questions

In a chemistry examination you will be required to answer a number 
of short and extended response questions. 

Extended response questions
1. Some ammonium carbonate solution is poured into two separate test tubes. Some sodium 

chloride solution is then added to one of these test tubes, and some barium chloride solution 
is added to the other test tube.

 (a) In which test tube would a precipitate be observed to form? 1 mark
 (b) Write the formula equation for the formation of the precipitate that you have identifi ed 

from part (a). 2 marks
 (c) Hence, write the ionic equation for this precipitation reaction. 1 mark
 (d) What are spectator ions? In the example from part (c), list the spectator ions that are 

present. 2 marks
 (e) Suppose that the precipitate is fi ltered and the remaining liquid (the fi ltrate) is then 

heated to evaporate the remaining water. Describe what happens, naming any new 
substances that might be formed. 2 marks

2. Table 12.1 (page 222) shows the specifi c heat capacities of a range of substances.

 (a) Defi ne the term ‘specifi c heat capacity’. 1 mark
 (b) If an equal amount of heat energy is added to 10 g of water and to 10 g of sand, 

which substance would experience the higher increase in temperature? 1 mark
 (c) Calculate the energy required to raise 80 g of vegetable oil by 70 °C. 2 marks

3. Solutions of sodium chloride and hydrochloric acid are both good conductors of electricity. 
Th is means that they both have mobile ions present.

 (a) Defi ne the term ‘dissociation’. 1 mark
 (b) Defi ne the term ‘ionisation’. 1 mark
 (c)  Explain why a solution of sodium chloride can conduct electricity. Use the appropriate

term from parts (a) and (b) in your explanation. 2 marks
(d) Explain why hydrochloric acid can conduct electricity. Use the appropriate term from 

parts (a) and (b) in your explanation. 2 marks

236 Unit 2
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