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cover confent the author considers desirable for developing a good understanding of the Chemistry Course Units
1 or 2 or they overlap content specified in Chemistry Course Units 3 or 4. Their inclusion is for the convenience of
teachers and students and is not intended to reflect content specific to the Chemistry Course Units 1 or 2.

Features

Nineteen chapters conveniently sequenced to form a logical learning and teaching programme.

= (overage and integration of the three course strands: ‘Science Inquiry Skills’, ‘Science as a Human
Endeavour’ and ‘Science Understanding'.

= (lear and easy to read text that is stimulating and concise.

= Extensive use of examples, illustrations, diagrams, tables and margin notes.

= (Contextual situations integrated into both the body of the text and study questions. These highlight the role
of chemistry and chemists in society.

= 33 sets of questions and problems thoughtfully sequenced to allow mastery of single principles and concepts
before leading into more challenging and complex tasks.

= Solutions manual with complete answers to all written and calculation questions. Answers include supplementary
explanations and notes that allow students fo have greater control over their learning and progress.

= Fully indexed for convenient use.
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CHAPTER1 | A PARTICLE VIEW OF MATTER

FIGURE 1 The Earth’s atmosphere is a
gaseous solution, ie a homogeneous mixture
of gases. The major gases are, 02 (21%), N2
(78%) and Ar (1%) with variable amounts
of water vapour and fraces of other gases
such as €0a.

At sea level, normal air pressure due to
these atmospheric gases is:

1 atm (one atmosphere).
1 atm = 101.3 kPa (101.3 kilopascals).

These gases, as with all gases have very
similar physical properties despite having
very different chemical properties. The
kinetic theory is a model that accounts for
the physical properties common fo all gases.

FIGURE 3 Temperature is used fo describe
how hot or cold an object is. By definition,
it's a measure of the average kinetic energy
of the particles of a substance. Absolute
zero, 0 K (or-273.15°0) is the lowest
femperature that can be achieved. It is the
temperature at which particles of matter are
motionless, ie have zero kinetic energy.

0K 100 K 200K 300K

[— —

-273°C -173°C -73°C 27°C
! Book Quiz1.2)
fAttempt Set 1 # 1 and 2.}

FIGURE 4 The particles of a gas move freely
within the entire volume of their container.
At 27 °C for example, the molecules in a
sample of H2(g) move at an average speed
of about 5650 km hr". Gas pressure is a
result of random elastic collisions between

such gas particles and their container walls.

See ©®, @, @ and @ above.

2 Chapter1

1.1 Phases of matter

Matter is described as anything that takes up space and has mass. Everything in our
environment that we can touch or see is made of matter. It can exist in any of the three
physical phases; solid, liquid or gas. A fourth phase of matter, plasma can only exist under
extreme conditions such as occurs in lightning or stars. Chemistry is the study of matter and

its inferactions. ¥ Book Quiz1.1 @ lucaspublications.com.au. )

1.2 The kinetic theory of gases

The atmosphere we live in and breathe is a mixture of gases. (Fig 1) While the chemical
properties of these gases are quite varied their physical behaviours are very similar. All
gases for example exert pressure, they always take the shape of their container completely
filling it and will escape from an open container to mix uniformly with other gases. The
kinetic theory is a model about the structure of gases that is used to explain some of these
common physical properties and behaviours. The first comprehensive version of this theory
was printed in 1857 by Rudolf Clausius. The current model states:

= Gases are composed of particles that are in rapid continuous random motion.

= Aftraction and repulsion between particles in gases is negligible.

= The particles of a gas are widely spaced such that the total volume of all of the particles
is negligible compared to the volume the gas occupies.

= The particles of a gas have kinetic energy (Ex) given by, EKartice) = V2mv?, where the
particles have a speed of motion, v and mass, m.

= The average kinetic energy of the particles of a gas is proportional to its temperature
(Fig 2 and 3) and is the same for all gases at the same temperature.

= Particle collisions are elastic, ie over time as particles collide they do not lose speed or
slow down thus particles do not lose Ex (ie do not cool down) due to their collisions.

FIGURE 2 The kinetic energy distribution for gas
particles at 300K and 900K. Natice more particles
have a higher kinetic energy at the higher
temperature but in each case the kinetic energies
are spread or distributed over a wide range. The
average Kinetic energy, however, will always be
higher at a higher temperature.

300 K (27°0)

900 K (627 °C)

It is important to realise the shape of these graphs is
identical for all gases, ie it is independent of their
chemical make up. Thus, as described in the kinetic
theory, the average kinetic energy of the gas ;

percentage of particles

t t t t t
particles depends only upon temperatfure. 0 1.0 2.0 30

parficle kinetic energy (x10°%° J)

1.3 Gas hehaviour: Applying the Kinetic theory

Gases, irrespective of their particular chemical make up, all have a number of common
physical properties. They always take the shape of their container, have a very low density,
exert pressure, can be compressed and readily diffuse through other gases. The kinetic
theory, as outlined above, can be used to account for these properties. (See Table 1.)

TABLE 1 Understanding the physical properties common fo all gases
Take the shape of their container and have a low density (density = mass + volume): The particles of a
gas show negligible forces of attraction and are in constant random motion. As a result, instead of
clumping together, gas particles spread out as far as possible occupying the entire volume and shape of
their container (ie low density).

Can be compressed: The particles of a gas have negligible volume and they are widely spaced so
there is room for them to be compressed into a smaller volume. (See Fig 4.)

Readily diffuse through other gases: The parficles of a gas are in constant random motion, have
negligible forces of attraction and are widely spaced. For these reasons, the molecules of any gas
can diffuse, ie spread out, between the molecules of any other gas.

Exert pressure: Particles in the gas phase do not aftract one another but move randomly in straight
lines. When they collide with their container walls they exert pressure on the walls. The pressure
increases with the frequency and force of these collisions. (See Fig 5.)

© Lucas Publications



As described in Table 1, the ability of gases to exert pressure is the result of multiple random
collisions of its particles with their container walls. The pressure exerted by the gas
increases with the frequency and force of these collisions. For this reason gas pressure is
affected by the amount of gas in a container (ie number of gas particles), the container

volume and the temperature of the gas inside the container. (See Fig 5 and Table 2.)

FIGURE 5 Changes in gas temperature, amount of gas or container volume result in changes in the pressure exerted by the gas.

original
conditions

£ @ 1.5atm

temperature amount of volume
doubled gas doubled doubled

k. @ 3.0atm _ @ 3.0atm 0.75 atm

Flask A: The gas is originally Flask B: Doubling the temperature Flask C: Doubling the amount Flask D: Doubling the volume to

at 200K ina 1.0 L flask and 0 400 K doubles the pressure to of gas (number of particles) 2.0 L halves the pressure to

exerts a pressure of 1.5 atm. 3 atm. (The amount and volume of doubles the pressure to 3 atm. 0.75 atm. (The temperatfure and
gas are kept constant.) (The temperature and volume amount of gas are kept constant.)

TABLE 2 Understanding gas pressure
Property Effect on pressure

Temperature of  Pressure increases
gas (FlaskB)  with increasing gas
femperature.

Amount of gas Pressure increases

(Flask©)  with amount of gas.

of gas are kept constant.)

Explanation

As gas temperature increases so does the average kinetic energy of its particles. This means greater average
particle speed which results in a greater rate and force of particle collisions with the container walls. The
increased force and rate of collisions with the container walls results in an increased pressure.

More gas means more gas particles in the container, hence there will be a greater rate of collisions between
gas particles and their container walls. This causes the increased pressure.

Volume of Pressure decreases Increasing the container volume means particles on average have a greater distance to travel before colliding
container with increasing gas with their container walls. This leads to a decreased rate of collisions and hence a decreased pressure. The
(Flask D) volume. force of particle collisions with the container walls remains unchanged.

f Book Quiz1.3f Attempt Set 1 # 3,4 and 5.}

1.4 The kinetic theory applies to ideal gases

In reality the kinetic theary is a model that describes a hypothetical or idealised gas we call

an ideal gas. The differences between an ideal gas and real gases like Hz(g), N2(g) or HCl(g)

are:

= Particles of an ideal gas have negligible volume (like a geometric point) whereas the
particles of a real gas do occupy space and their volume is sometimes significant when
compared to the volume occupied by the gas as a whole. (See Fig 6.)

= Particles of an ideal gas have negligible attraction for one another whereas the particles
of real gases do have forces of attraction for one another and these forces of attraction
can become significant.

These differences are usually of no consequence when using the kinetic theory to explain

the behaviour of real gases. In some exfreme situations however, we can see differences

in real gas behaviour versus that predicted for an ideal gas by the kinetic theory, eg:

= At a femperature of zero kelvin (-273 °C) an ideal gas would have zero volume. A real
gas will never have zero volume as its particles do occupy space, ie have some volume.

= [fareal gasis cooled and/or compressed sufficiently it will condense to form a liquid. This
is due to the weak interparticle attraction that exists in real gases. An ideal gas would
never condense as its particles always have negligible attraction for one another.

Apart from these extreme situations and a few other minor variations, the kinetic theory is

a useful model for explaining many of the physical properties common to real gases.

1.5 The kinetic theory and condensed phases of matter

The kinetic theory of gases can be extended to explain the physical properties of the
condensed phases of matter, ie solids and liquids. Unlike gases, where ideally there are
negligible forces of attraction between particles, in solids and liquids these forces of
attraction are quite significant.

www.lucaspublications.com.au

A B
original reduced
volume volume

FIGURE 6 Significantly reducing the volume
occupied by a real gas (by increasing the
pressure applied) can cause a situation
where the volume of the particles of the gas
become a significant factor in determining
the volume occupied by the gas. When this
happens, as in situation B, the gas volume
will be a little greater than if the gas
behaved as an ideal gas.

! Book Quiz1.4.)

fAttempt Set 1 # 6 and 7.
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FIGURE 7 Particle movement in the solid
phase is restricted to vibrating about fixed
positions within the solid. The particles are
packed very tightly and so there is little
opportunity for the solid to be compressed.

FIGURE 8 Parficles in a liquid are free to
mave and randomly jostle amongst one
another within the volume of the liquid.

Freeze drying is a technique for preserving
food by dehydrating it (removing water)
without using high femperatures that can
alter the food's taste. Instead a combination
of low pressure (around 0.06 atm) and
freezing temperatures is used to remove
water by sublimation.

This involves solid water (ice) changing
directly to a vapour. A vapour being the
gaseous state of a substance that normally
exists as a solid or liquid. All sorts of food
products from coffee to roast dinners can be
preserved this way. To regenerate the food,
just add hot water.

FIGURE 10 A heating curve shows how the
temperature of a substance rises as it is
steadily heated. The heating curve for pure
water, (blue curve) at normal conditions
shows steady temperatures at 0°C and
100°C. These temperatures correspond to
melting and boiling of pure water. Well
defined melting points and boiling points are
a characteristic of all pure substances.
Notice how the melting point and boiling
point of salty water, a mixture (green
curve) are not well defined. This is typical of
all mixtures.

pure water

boiling point
100°C 9 = ===

melting paint
0 OC [ e

temperature

fime

salty water (a mixture)

100 °C+¢

0°CH

femperature

fime

! Book Quiz1.6./J§f Complete Set 1.}

4 Chapter 1

Within solids, the attraction between particles is very strong. As a result the particles
become packed so tightly that they are only able to vibrate about fixed positions within the
solid structure. This explains why solids have a fixed shape and volume and are virtually
incompressible. (See Fig 7.)

In liquids, the strong attractive forces between particles also cause them to pack closely.
Here however, the particles are able to jostle past one another within the liquid volume.
This arrangement of particles explains why liquids can flow to fill the bottom of a container
but have a fixed volume and are essentially incompressible. (See Fig 8.)

! Book Quiz1.5.Jff Attempt Set 1 # 8.

1.6 Temperature, energy and phase change

Phase changes are physical processes and are readily reversible. Some examples include
melting, sublimation, vaporisation (ie evaporation or boiling), condensation and freezing.
(See Fig 9.) Heating a substance can cause it to change phase from solid to liquid fo gas.
Cooling will reverse these changes.

FIGURE 9 Phase changes.
[heating >
sublimation

melting liquid vaporisation gas
© o
(+)
O
freezing condensation o )
deposition

) e

According to the kinetic theory, heating a substance (ie allowing heat to flow into the
substance from its surroundings) will cause an increase in the kinetic energy (tfemperature)
of its particles. At some temperature, the increased movement energy (Ex) enables particles
in the solid phase to overcome their attractive forces thus allowing them to escape their
fixed positions within the solid phase. As a result the solid melts and its particles move freely
within the liquid volume. The temperature at which this phase change happens is known as
the melting point.

While a substance is in the process of melting its temperature and average particle kinetic
energy remain constant. Instead, the energy absorbed during melting results in a one-off
rearrangement of particles from their closely packed fixed positions in the solid phase to
the random slightly more spaced positions of the liquid phase. This new arrangement of
particles results in the added energy being stored in the liquid phase as increased potential
energy.

Once fully melted, further heating will again lead to increasing particle kinetic energy. At
some temperature, called the boiling point, particles within the liquid phase change into a
gas phase by forming bubbles of gas throughout the liquid. Again, during the phase change,
temperature and average particle kinetfic energy remain constant. Instead, the energy
absorbed during boiling is stored as increased potential energy of the very widely spaced
particles in the gas phase. A heating curve (Fig 10) shows how the temperature of a
substance changes with time as the substance melfs then boils.

Phase changes like these are physical processes and as such are easily reversible. Cooling
the gas phase for example, reduces particle kinetic energy and thus reverses these changes,
returning the gas to a liquid then solid phase. It must also be nofed that a substance’s
freezing point is the same temperature as its melting point. Freezing however, occurs
when the liquid phase is cooled (ie heat is made to flow out of the liquid and into its
surroundings) and its tfemperature falls to its freezing point and below.

© Lucas Publications



( Set 1 Kinetic theory and phases of matter

1. Use the list of terms given to correctly complete the following passage. Note that some
of these terms are distractors and will not be needed.

The kinetic theory of gases is a model that helps us explain the common ()

properties of gases. The theory states that:

= Gases are composed of tiny ) that are in constant (o .

= Parficles in the gas phase have negligible (a) for one another and their
(e) is negligible compared to that of the gas a whole.

= The temperature of a gas is a measure of the ¢ of its particles.

= When parficles collide they do so (g) ie without loss of )

According to the kinetic theory, the particles of all gases have the same average kinetic
energy at thesamewy____ . However atf any given temperature the parficles in
a sample of gas don’t have the same kinetic energy, instead their kinetic energies are
(_______overawide range of values.

2. According to the kinetic theory the particles of any gas have the same average kinetic
energy when at the same temperature.

a. What is meant by average kinetic energy in this context?
b. How does temperature affect particle average kinetic energy and particle speed?

3. If a laboratory gas tap is accidently leaking gas into the room it will soon be possible to
notice the smell of gas throughout the laboratory. This happens even if the air in the
laboratory is still and no breezes are mixing the room air.

a. What is the name of the process by which the leaking gas spreads throughout the room?
b. Use the kinetic theory to describe at a particle level how this mixing process occurs.

. Although it may not be noticeable, this process will happen more quickly on a hot
day than it would on a very cold day. \Why should this be the case? Explain.

4. Use the kinetic theory to explain why gases exert pressure.

5. What will happen to the pressure inside a car tyre in each of the following situations?
Give a brief explanation of each answer with reference to the kinetic theory of matter.

a. The car tyre becomes quite hot during a long journey.
b. A faulty tyre valve allows some air to leak out. (Assume tyre volume doesn’t change.)

6. Refer to the graphsin Fig 11 and answer the following questions.
a. What does Graph A show about the volume of an ideal gas and its absolute temperature?
b. Use the kinetic theory to account for the volume of an ideal gas at zero kelvin.

¢. What does Graph B show about the relationship between the volume and pressure of
an ideal gas? Use the kinetic theory to account for this relationship.

7. The kinetic theory is a model used to explain the properties of an ideal gas.

a. Describe two assumptions in the kinetic theory apply to an ideal gas but are only
approximations for a real gas.

b. State one physical property that applies to a real gas but not to an ideal gas.

8. A burning candle will have wax in all three phases, solid, liquid and gas (called wax
vapour). The liquid wax can be seen forming in a depression at the base of the candle wick
while the colourless wax vapour (gas) is produced from the surface of the wick. The luminous
red region of the flame is where combustion of the wax vapour occurs.

a. Why is the gas phase of wax referred to as a vapour?

b. Which of the processes occurring on a burning candle; melting, vaporising or
combustion, are easily reversible?

¢. Use your knowledge of the Kinetic theory to describe the processes that occur at a
particle level as the candle wax melts and then vaporises (evaporates) from the wick of
a burning candle.

d. If some wax is melted in a test tube and then allowed to cool, a depression always
forms on the surface of the solidified wax. (See Fig 12.) Consider the density of liquid and

solid wax and use your knowledge of the kinetic theory to explain why the density of
wax changes when it solidifies and thus why the depression forms.

www.lucaspublications.com.au

distributed
temperature
random motion
motion
negligible
volume
physical
attraction
kinetic energy
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FIGURE 11 Graph A shows the relationship
of gas volume to absolute temperature for
an ideal gas. (Pressure and mass of gas are
held constant.)

Graph B shows the relationship of pressure
to volume for an ideal gas. (Temperature
and mass of gas are held constant.)

Graph A

gas volume

} t } t t
0 100 200 300 400 500
absolute temperature (kelvin)

Graph B

gas pressure

gas volume

FIGURE 12 Test tube A contains molten
wax. Test fube B contains the same wax
after solidification. Notice the surface
depression that forms as the wax solidifies.

Test tube A Test tube B

{ ™ depression
in solid wax
surface
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FIGURE 13 Cream, milk, sugar 9.
and vanilla are the main
ingredients in ice cream. One
way to convert this mixture
info ice cream is to mix in

liquid nitrogen.

‘ Kmo%plunger

10.

25 L cylinder of Naz(g) at -170 °C
Na2(g) at -170 °C and a reduced
volume

FIGURE 14 Pushing the plunger in reduces
the volume of the 25 L cylinder of nitrogen

gas. The temperature is kept af -170 °C. 1.

FIGURE 15 A scuba diver can breathe freely
underwater using pressurised air confained
in a steel or aluminium fank.

FIGURE 16 These three mylar balloons and
the one latex balloon (purple) all float as
their buoyancy exceeds their weight.
Balloon buoyancy depends upon its
volume. A balloon gains about 1.2 g
buoyancy for every 1.0 L of volume; 1.2 g
being the mass of each 1.0 L of air that is
pushed aside by the balloon’s own volume.
If the balloon’s buoyancy exceeds its weight
then it floats.

6 Chapter1

12.

13.

Liquid nitrogen is sometimes used in the laboratory for producing very low temperatures
or for making ice cream! (See Fig 13.)

a. Af normal laboratory conditions, a 1.0 L sample of liquid nitrogen, N2(1) can boil to fill
an 860 L balloon. Account for the large increase in volume.

b. Although liquid nitrogen is quite cold (it boils at -196 °C), most of its cooling effect is
produced when it boils. Explain how this happens.

The following questions refer to a sample of nitrogen gas sealed inside a 25 L cylinder.
The cylinder is kept at a constant temperature of -170 °C with the gas inside af a
standard pressure of 100 kPa. A moveable plunger can be used to reduce the cylinder’s
internal volume. (See Fig 14.) The plunger is now steadily pushed in reducing the nitrogen
gas volume while its femperature is kept constant at -170 °C.

a. What will happen to the pressure of the nitrogen gas inside the cylinder as its volume
is reduced? Use your knowledge of the kinetic theory of gases to help explain why this
happens.

b. What will happen to the average kinetic energy of the nitrogen molecules (particles)
inside the flask? Explain.

¢. As the volume of the cylinder is reduced so the pressure inside the flask continues to
rise until it reaches around 1.5 MPa pressure. Any further reduction in volume simply
causes the nitrogen to liguefy and the pressure no longer increases. This would not
happen to an ideal gas. How is nitrogen different to an ideal gas and why does this
cause it to liquefy?

Air is a homogeneous mixture of gases. (See Fig 1.) What is a homogeneous mixture
and why are gas mixtures always homogeneous?

Normal air pressure at sea level is 1 atm (101.3 kPa). When scuba diving, a diver
experiences a considerable increase in pressure, approximately 1 atm pressure increase
for each 10 m of depth. Scuba divers (Fig 15) are able to breathe from a pressurised tank
that contains air at around 180 atm pressure (180 times normal atmospheric pressure).
The diver breathes through a regulator which ensures the inhaled air coming from the high
pressure tank is at a reduced pressure that matches the diver’s surrounding water pressure.

a. In order to breathe comfortably, inhaled air must be at a similar pressure to the
surrounding pressure on a person’s body/lungs. With this in mind, what is the
appropriate breathing air pressure at sea level and for an ocean depth of 20 m?

b. What would happen if the inhaled air was at a lower or higher pressure than the
surrounding water pressure exerted on the diver’s body/lungs?

¢. A typical scuba tank may contain 15 L of air at 180 atm pressure. Use the kinetic
theory to account for the high air pressure inside the tank.

d. At sea level (1 atm pressure) a scuba tank of 15 L volume containing air at 180 kPa
pressure may be sufficient to last a diver for around 2 hours. However, this same
amount of air will only last 1 hour at a depth of 10 m or around 40 minutes at a depth
of 20 m. Why does the air run out more quickly at a greater depth?

e. Why is it absolutely essential to vigorously exhale if making an emergency rapid
ascent from a 15 m dive? Caution: Rapid ascents like this can be very dangerous
leading to a potentially fatal condition known as the ‘bends’.

Party balloons (Fig 16) can be filled with balloon gas (a mixture of helium and air) to
make them float. Latex balloons are strong and stretchy so as more gas is added to a latex
balloon its volume increases. Foil balloons, however, are made of mylar which is strong
but doesn’t stretch, so once filled, adding more gas doesn’t further increase the volume of
a foil balloon. When filled with sufficient gas and tied off, both types of balloons will float.
Answer the following questions making reference to the kinetic theory of matter.

a. Why does a stretchy latex balloon inflate (increase in volume) as more gas is added?

b. A foil or mylar balloon is fully inflated and then extra gas is added. What happens to
the pressure inside the balloon? (Remember a mylar balloon won't stretch.) Explain.

¢. A latex balloon (Fig 16) loses its buoyancy after about 12-16 hours. This happens
as helium consists of very small fast moving particles that readily leak through
(diffuse) the latex membrane and out of the balloon. One such balloon has just lost
its buoyancy and begins to sink to the floor. When brought out into the sunshine for
a while it warms up and regains its buoyancy and once again floats upwards. How
does the sunshine affect the balloon and its contents?
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1.7 Composition of matter: Introducing the particles

Atoms are understood to be the basic particles from which matter is made. Substances like
iron (Fe), carbon (C) and oxygen (0) are unique forms of matter known as elements. Each
element is composed of its own unique atoms. At present 116 elements have been
identified, 28 of these are either extremely rare or not known to occur naturally on earth.
Unique chemical symbols are used to represent each of the different atoms and the
elements they form. (See the periodic table on the inside back cover.)

Compounds are forms of matter that consist of two or more different elements that are
chemically combined in a definite whole number atomic ratio. The components of a
mixture, by contrast are not chemically combined and may occur in the mixture in any ratio.
(See Fig 17.)

a mixture of atoms
compound AB; of Aand B

o 000° O °Q0
O :.‘ 00% :ﬂ ‘ Oo‘a Mg

FIGURE 17 Dalton’s atomic theory tells us that each type of element is composed of its own unique atoms.
(See p13.) When atoms of different elements chemically combine in a definite atomic ratio they form a compound.
In a mixture the components are not chemically combined and may be present in any ratio.

atoms of molecules of

element B

atoms of
element A

Both elements and compounds are pure substances. This means they have a definite and
fixed composition. Elements cannot be separated into other substances while compounds
can only be separated into their component elements by chemical means.

The most common type of material in our environment are mixtures. These are not pure
substances. A mixture is a physical combination of elements or compounds where the parts
of the mixture are not chemically combined and so are able to be separated by physical
techniques like filtration, distillation or chromatography. (See Chapter 3 and 19.) The different
particles of a mixture may be mixed evenly as in a homogeneous mixture or unevenly as
in a heterogeneous mixture. (See barder note.) Homogeneous mixtures like air (N2, 0z and
Ar, Fig 1), seawater (mainly H20, NaCl, MgClz, CaClz and K>S0, see p141), soft drink (mainly
H20, C12H22011, CO2 and flavours) and brass (Cu and Zn) are known as solutions. All other
mixtures are heterogeneous, eg concrete, orange juice, clay and wood.

! Book Quiz1.7.JJfAttempt Set 2 # 1,2, 3,4 and 5.

1.8 Atoms and isotopes

Atoms are the smallest particles of an element. They consist of a nucleus containing
protons and neutrons and an electron cloud where electrons are found. (See Table 3 and
Fig 19.) The number of protons in an atom’s nucleus is its most significant feature and is
known as the atomic number (Z). Although atoms contain electrically charged particles,
they are normally neutral. This happens because atoms contfain as many electrons;
negatively charged particles, as protons; positively charged particles. The equal numbers of
oppositely charged particles result in the atom having zero overall charge.

While every atom of a given element must have the same number of protons they
sometimes vary in the number of neutrons they contain. Atoms like this are known as
isotopes, ie atoms with the same number of protons but a different number of neutrons.
(See Fig 19.) Some elements such as sodium and aluminium exist as a single type of isotope
while most elements have several stable isotopes. The isotopes of a given element always
have identical chemical properties but differ slightly in their relative atomic mass and
density. They also differ in nuclear stability causing some to be radioactive. (See Fig 18.)

FIGURE 19 Atoms can be visualised Key:
as consisting of a positively charged
nucleus of protons and neutrons and
a negatively charged electron cloud.
Although the nucleus is the smallest
part of the atom it contains more
than 99.95 % of its mass. These two
isotopes of carbon both have six
profons and six electrons but their !
number of neutrons differ. i

carbon-12 or ' carbon-14 or "c
proton @
neufron ©

electron 4 ] - 4 -
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The particles referred to in the kinetic theory
of matter, we now know fo be atems, ions or
molecules.

A chemical formula shows the ratio of each
type of atom in a compound. For example:

Water (H,0) contains two H atoms to every
one 0 atom.

Ammonia (NHs) contains one N atom to every
three H atoms.

Mixtures do not normally have a chemical
formula as their composition is not fixed.

Homogeneous matter has a uniform
compasition throughout. This means the
parficles of the material (atoms, ions or
molecules) are spread evenly throughout its
entire volume.

Heterogeneous mixfures are those with a
variable composition throughout. This means
the different particles that make up the
mixture are distributed in distinct clumps
within the substance. The substance is
considered heterogeneous even if the
clumps are microscopic in size. Blood, for
example, may appear homogeneous to the
unaided eye, however, it is considered
heterogeneous as it contains a number of
distinct microscopic particles (clumps of
matter) like red and white blood cells.

TABLE 3 Subatomic particles

partide  relative  relative location
mass(u)  charge
proton 1.0 +1 nucleus
neutron 1.0 0 nucleus
electron ~0.00055 =1l electron
cloud

FIGURE 18 Nuclear stability is a significant
difference between isotopes of an element.
Some isotopes, called radioisotopes, are
unstable and undergo spontaneous nuclear
decay to produce various types of radiation
while changing into different, eventually
more stable nuclei. Radioisofopes like these
find important applications in industry as
well as in medical diagnosis and therapeutic
freatment.

The illustration above shows a canister of
radioactive iodine-131 capsules used for
the diagnosis and treatment of thyroid
diseases. Image courtesy of Monrol-UAE.
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The atomic number (Z) and mass number
(A) of an isotope are sometimes shown with
the element's symbol (X). The current
IUPAC notation shows only the isotope’s
mass number as ifs atomic number is
implied by its symbol. Another alternative
shows the isotope name followed by its
mass number. Here the element iron, mass
number 56 and atomic number 26 is used as
an example.

A 56

ZX eg 26 Fe
*X « “Fe
or iron-56

! Book Quiz1.8.)

f Attempt Set 2 # 6,7 and 8.}

Remember, the atomic number gives the
number of protons (positively charged
particles) in the nucleus of an atom. This
number never changes during any physical
or chemical process. It is possible however,
for an atom to lose its electrical neutrality by
gaining or losing electrons.

! Book Quiz1.9.)
{attempt Set 2 # 9.

The relative atomic mass, A of an atom is
its mass compared to one twelfth (%) the
mass of a carbon-12 atom.

This quantity; ie one twelfth the mass of a
carbon-12 atom, is known as a unified atomic
mass unit (u). Itis the approximate mass of a
proton or neutron. The actual rest mass of a
proton, a neutron and an electron are:
mp=1.007276 u (ie 1.67262 x 107%* g)
mn=1.008665 u (ie 1.67493 x 1072* g)
me=0.000549 u (ie 0.00091 x 107%* g)

The unified atomic mass unit is now
sometimes referred to as a dalton (Da).
1Da=1u=1.660538782x10"%*g

8 Chapter 1

Another important feature of the atom is its mass number (A). This is an indicator of how
heavy that atom is. Mass number is equal to the number of protons plus neutrons in its
nucleus. Summarising these ideas:

Z = Np where: Z is the atomic number of the atom.
N; is the number of protons in the atom.
A = Np + Np A'is the mass number of the atom.

Nn is the number of neutrons in the atom.
Also for neutral atoms:

Ne = Np where: Ne is the number of electrons in the atom.

EXAMPLE 1 How many protons, neutrons and electrons are in an atom of the isofope 15N, ie nitrogen-15?
(See border note at left.)

Z =N =17

A = Ny + Ny

oo Nn =A-N, =15-7=8
and Ne =N, =7

The atomic number of nitrogen, Z=7 (see periodic table)
gives the number of protons, 7. The mass number, A=15 is
the sum of protons and neutrons so there are 8 neutrons in
this isotope of nitrogen. Also, since the atom is neutral so
there is an equal number of protons and electrons.

.. the isotope nitrogen-15 contains 7 protons, 8 neutrons and 7 electrons.

1.9 lons

Although atoms are normally neutral in charge [since N(e) = N(p)] it is possible for an atom
to become charged by gaining or losing electrons. Electrically charged atoms are known as
ions. Negative ions form when an atom gains one or more electrons. Positive ions are
formed when an atom loses one or more of its electrons. The net charge of an ion depends
on the number of protons (+ charges) and electrons (- charges) it has.

where: Np is the number of protons in the ion.
Ne is the number of electrons in the ion.

lon charge = Np - Ne
thus Ne = Np - ion charge

EXAMPLE 2 How many proetons and electrons are in each of the following ions?

0”  The atomic number of O is 8 (see periodic table) and Ne =N,-ioncharge
. 0% has 8 protons =8-(-2)
=10 electrons
AP*  The atomic number of Al is 13 (see periodic table) and Ne =N,-ioncharge

. A" has 13 protons
=10 electrons

1.10 Relative atomic mass (Ar)

When John Dalton (1766-1844) proposed the atomic model that is still in use today, he had
no means of measuring the masses of the atoms he had proposed existed. However, by
accurately measuring the masses of different elements that chemically combined with one
another and by making assumptions (that were sometimes incorrect) about their chemical
formula he and others were able to determine the relative atomic mass of many elements.
His experimental results, for example, might show that when calcium and oxygen combined
they always did so in a 2.5 g calcium : 1.0 g oxygen ratio by mass. By assuming these
elements were combining in a 1 : 1 atomic ratio Dalton was able to deduce that Ca atoms
must be 2.5 times heavier than 0 atoms. In a similar way the relative atomic mass of many
elements was determined. (See Fig 3 p13.)

Although it is now possible to measure the actual mass in grams of individual atoms we still
describe the mass of atoms in relative terms (no units). In this way the relative atomic
mass (Ar) of an atom is defined as its mass compared to 11—2 the mass of a carbon-12 atom.

If an element has several naturally occurring isotopes then its relative atomic mass is a
weighted average of the relative atomic masses of its isotopes. The weighting is based on
the abundance of the individual isotopes in a naturally occurring sample of the element.

A = %a X Ara) + %b X Ar(h) where: % is the percentage of isotope a in the element

100 A a
% b
A b

A is the average relative atomic mass of the element
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EXAMPLE 3 A natural sample of thallium consists of two isotopes. One isotope has an A, of 203.0
and makes up 29.50% of the thallium atoms. The remaining 70.50% of the atoms have an A of
205.0. Determine the average relative atomic mass of a natural sample of thallium.

ACTD = %a X Ara) + % X Ar(n) This formula defermines the weighted average
r 100 relative atomic mass of an element by
29.50 x 203.0+70.50 x 205.0 incorporating the percentage abundance, ie %,

AT = 100 =204.4  and %, of each isotope along with the isotope’s

relative atomic mass, ie Argy and Aqp).

1.11 Mass spectrometry: Measuring relative atomic mass
The principle of the mass spectrometer was first used by Francis Aston (1877-1945) in a
device he called a mass spectrograph. He had built his first mass spectrograph by 1919 and
used this instrument and others to determine the presence of various atomic isotopes and their
mass. Aston was awarded the Nobel Prize in Chemistry in 1922 for his work in this field.

The modern mass spectrometer is a powerful analytical tool that can be used to determine
the relative molecular mass and molecular structure of complex organic compounds. In
its simplest application it is used to determine the relative atomic mass of the isotopes of
an element. (See Fig 20 and 21.)

The operation of a mass spectrometer (Fig 21) involves several key steps:

= Vaporisation of the sample to be analysed.

= |onisation of the vaporised sample.

= Acceleration and separation of the resulting ions based on their mass fo charge ratio, ie m/z.
= Detection or counting the number of each of the ions of different mass to charge ratio.
To do this, a sample of the chosen element is vaporised in a vacuum

chamber then passed info the mass spectrometer. Here it passes through a
high energy electron heam where collisions within the beam cause the

! Book Quiz1.10. )

fAﬂempt Set 2 # 10,11, 12 and 13.J

FIGURE 20 The mass spectrum of a
naturally occurring chlorine gas, Cla(g)
sample shows its isofopic composition. The
+1 ionised atomic fragments, 3Cl* and *’Cl*,
form as Cl molecules enter the mass
spectrometer through a high energy electron
beam. A majority of the Cl, molecules will
be ionised to Cl> without being fragmented
info separate atoms. These also appear in
the mass spectrum and correspond to
various combinations of **Cl and *’Cl.

Data from the mass spectrum shows the
relative atomic mass and abundance of
these two isotopes is:

3(l, 34.969 u and abundance 75.77%
371, 36.966 u and abundance 24.23%.

Using this dafa the average relative atomic
mass of chlorine is found to be 35.45 u.

Mass spectrum for a naturally occurring chlorine sample

gaseous atoms to lose one of their electrons and form +1 ions, a few +2 ions

b ¢

(VS

35737,C

may also form. The resulting ions are then accelerated by an electric field 30

to form a high speed beam of positive ions that is directed through a strong

<)
o

magnetic field. Here the individual ions become deflected by the field and

move into circular paths of different radius depending upon their mass and

charge. lons of lower mass experience more deflection by the magnetic

735 et 37731 ()
€ 2

N
o

field, ie travel in a smaller radius. A detector measures the intensity and

relative intensity
3

radius of deflection of each of the ion beams. This detector count is a

o

measure of the isotope abundance while the degree of beam deflection is

related to the isotopic mass (actually //zratio). The resulting data can be 20
tabulated or displayed as a mass spectrum (Fig 20) of the sample.

30 40 50 60 70 80
m/z (mass to charge ratio)

FIGURE 21 Schematic view of a mass spectrometer being used to analyse a sample of naturally occurring magnesium. Naturally occurring magnesium consists of
magnesium-24, magnesium-25 and magnesium-26. The actual mass and abundance of each isotope can be accurately measured by the mass spectrometer.

vaporised Mg(g) sample Mg" ions of different magnetic field deflects Mg* mass spectrum of
e lueee] (ar + + isotopic mass ions based on their mass magnesium sample
: | magnetic field
ZAMg
== -------
H ! Zsmg zsmg

ionising
electron accelerating
beam electric field

Although mass spectrometry can be used to determine an element’s isotopic composition and
hence its average relative atomic mass, its most important use is as an analytical tool. In this
regard it is able to identify a great variety of compounds from within a wide range of complex
mixtures. It is capable of identifying individual proteins with concentrations as low as several
picomoles (107" mol) per microlitre from as little as several microlitres of solution. For this
reason mass spectrometry finds great application in scientific research, industry and forensic
analysis such as for the detection of performance enhancing or banned substances in the blood
or urine samples of athletes. (See Fig 11 p170.)

www.lucaspublications.com.au

a detector measures the number of
ions of different mass

! Book Quiz1.11.)

f Complete Set 2. J
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physical
filtration
atom
separated
homogeneous
heterogeneous
compound
microscopic
pure

mixture
chemical
atomic
elements
molecular

Subscripts written alongside a formula
show its phase.

solid phase .............. (s)
liguid phase............. (0]
gas phase .........cev.e (8)

dissolved in water ....(aq)

Remember! For a mixture to be

homogeneous its particles must be uniformly
mixed. This means its atoms, molecules or
ions must be evenly spread throughout the

material’s entire volume.

10 Chapter1

2.

‘Set 2 Composition of matter and atomic structure,

The following passage relates to the chemical classification of the different types of
matter. Use the list of terms to correctly complete the passage. Some of these terms
are used more than once or may not be used at all.

Substances like silver, oxygen and carbon are () substances that cannot be
physically or chemically () into other substances. Materials like this are known
as . Each element consists of its own type of @)

By comparison, compounds are substances like water and methane that consist of two or
more different elements chemically combined in a definite whole number )
ratio. Although compounds consist of different elements they are considered ()
as their component elements cannot be separated by () processes. In a

compound the elements can only be separated by means.

Mixtures are combinations of substances that can be separated by ¢ means like
filtration, distillation or chromatography. ¢ mixtures are those that have the
different components evenly spread at the or level
throughout the mixture. If the mixture consists of clumps of the component particles, even
if these are (m) then the mixture is said to be @)

Identify the following materials as elements, compounds or mixtures.
a. hydrogen gas [H2(g)] c. salf solution [NaCl(ag)] e. iron [Fe(s)]

b. carbon dioxide gas [C0x(g)] d. bronze [Cu(s) + Sn(s)] f. water [H0())]

Classify the following materials as pure or mixtures, homogeneous or heterogeneous
and state which are solutions.

a. copper [Cu(s)]

b. sugar dissolved in water [C12H22011(aq)]

vinegar, a combination of two miscible liquids [CH3COOH() + H20(1)]

. orange juice [C12H22011(ag) + H20() + pieces of orange pulp]

a glass of distilled water [H20(1)]

a glass of mineral water [H20(l) containing various dissolved minerals]

a gas jar full of clean air [N2(g) + 02(g) + Ar(g)]

. Alka-Seltzer tablet [powdered CsHs07(s) combined with powdered NaHC0s(s)]

S g &~ ™ 2 N

A chef preparing a dish of salt and pepper squid, places a teaspoon of salt and a
teaspoon of pepper corns into a mortar and grinds the ingredients into a fine powder.

a. Classify each of the three substances salt (NaCl), pepper corns and the resulting fine
powder, as being an element, compound or mixture. Justify your answer.

b. Which if any of the three substances is homogeneous? Explain your answer.

Bronze is a metal alloy frequently used by sculptors for making artworks like statues and
plagues. (See Fig 1 p24.) Bronze has advantages over other metals as it has a particularly low
melting point, is hard, resists corrosion and has an attractive colour. Bronze is produced by mixing
together varying amounts of copper (Cu) and tin (Sn). Small quantities of other metals like
aluminium (Al) or manganese (Mn) are sometimes added. The mixture is heated until it melts
and forms a homogeneous consistency. The mixture is then cooled and solidifies.

a. Would you dlassify bronze as an element, compound or mixture? Justify your answer.
b. Justify the statement, ‘Alloys like bronze are solid solutions.’

C. Use your knowledge of the kinetic theory of matter to explain why the mixture of
metals melts when heated and then solidifies when cooled.

d. When the mixture of metals melts it then becomes homogeneous. Explain at a
particle level how the mixture becomes homogeneous.
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10.

1.

12.

13.

14.

15.

16.

Give the mass number and atomic number of the following isotopes. Refer to a periodic
table for atomic data where needed.

a. nitrogen-14 b. &l c. “Na

How many protons, neutrons and electrons are in one atom of the following isotopes?
a. 1L h. *a . 'C d. >Cr

Most elements have more than one isotope, hydrogen for example has three isotopes, 'H, 2H
and 3H. These isatopes are known respectively as hydrogen, deuterium and tritium. With
reference to the isotopes of hydrogen describe the similarities and differences in the atomic
structure of the isotopes of an element.

Complete the table for each of the ions listed. See a periodic table for atomic data.
a b C d e f g

ion Mg2+ Sz- o N N3- Fe2* Fe3*

number of protons

number of electrons

How many times heavier is a carbon atom (Ar =12) than a hydrogen atom (Ar =1)?

What is the relative atomic mass of a helium atom if it is one-third the mass of a carbon
atom (Ar =12)?

A natural sample of copper contains twao different isotopes. The major isotope, copper-63
has a relative atomic mass of 62.9 and comprises 69.2% of the atoms in the sample. The
remaining 30.8% of the atoms are copper-65 with a relative atomic mass of 64.9.

a. Interms of subatomic particles, how are the isotopes copper-63 and copper-65 different?
b. Determine the average relative atomic mass of naturally occurring copper.

Chlorine gas is composed of two isotopes. These are chlorine-35, comprising 75.77%
with Ar = 34.97 and chlorine-37, 24.23% with Ar = 36.97. What is the average relative
atomic mass of chlorine?

A naturally occurring sample of copper, as described in Question 12, is analysed using a
mass spectrometer. The following questions refer to this situation.

a. Describe the mass spectrum of this copper sample. Include a sketch of relative intensity
(no scale) against /m/z (mass to charge ratio).

b. What must happen to the sample of copper before it enters the mass spectrometer?

¢. For the atoms of copper to be analysed they must be ionised. \What does this
involve?

d. Which of the two isotopes experiences the greatest deviation (deflection) when it
enters the magnetic field of the mass spectrometer?

th;?ium (Fitg 212) is sTaid to be $ne e mass spectrum for a thenium sample
of the rarest elements present in
the Earth’s crust. Of the known 3 ;2
stable elements it was the last fo be g 60
discovered in 1925. Use the data in IS 23
the mass spectrum of rhenium to § 45
determine its average relative % 40 ;
atomic mass. T ;g INEEEEE]
184 185 186 187

m/z(mass to charge ratio)

The mass spectrum of a sample of an unknown metal element reveals a single peak
with a mass of 4.4804 x 10" kg. What is the relative atomic mass, Ar of this isotope if
a single carbon-12 atom has a mass of 1.9927 x 10’ kg? Use your periodic table to
identify the element.

www.lucaspublications.com.au

FIGURE 22 The mefallic element rhenium.

Image courtesy of Heinrich Pniok,
heinrich@pniok.de.
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CHAPTER 2 | DISCOVERING THE ATOM’S STRUCTURE

FIGURE 1 In his revolutionary 1661
publication '7he Sceptical Chymist’ Robert
Boyle (1627-1691) outlined, amongst other
things, his ideas on the composition of
matter.

“I now mean by Elements.....certain
Primitive and Simple, or perfectly
unmingled bodies; which not being made of
any other bodies, or of one another, are the
Ingredients of which all those call’d perfectly
mixt Bodies are immediately compounded,
and info which they are ulfimately resolved”

We can see in Boyle’s writings the origins of
our contemporary model for the division of
matter info elements and compounds.

FIGURE 2 The French chemist Antoine Laurent Lavoisier

<

2.1 The birth of an idea: Elements and atoms (E)

The idea of fundamental or elemental forms of matter is thought to have originated with
ancient Greek philosophers such as Anaximander of Miletus (about 610-546 B.C.), Plato
(427-347 B.C.) and Aristotle (384-322 B.C.). They believed all matter consisted of various
combinations of only four elements which they identified as the elements of fire, earth, air
and water. They taught that all matter was infinitely divisible.

Leucippus of Miletus and Democritus (460-370 B.C.), a student of Leucippus, disagreed with
the idea of infinitely divisible matter and gave us the first known written record to propose
that matter consisted of tiny indivisible particles with nothing between them but empty
space. Demacritus called these particles atomos, meaning “uncuttable or indivisible”.

Despite this, the influence of Anaximander, Plato and Aristotle was so great that their ideas
were not seriously challenged until at least the late seventeenth century. In either case,
these early ideas on the structure of matter were based on philosophies or beliefs and
were not supported by evidence from experimentation or observation.

Our current understanding of the term ‘element, first emerged in print in 1661 in Robert
Bovle’s (1627-1691) text, 'The Sceptical Chymist’. (See Fig 1.) Here Boyle defined an element
as a substance that could not be decomposed into simpler substances. He discounted the
previously supposed elements of fire, earth, air and water and supported the idea that elements
are composed of various sorts of corpuscles (atoms) which he called ‘unmingled bodies’.

! Book Quiz2.1. JJff Attempt Set 3 # 1.

2.2 The gathering data

Despite the teachings of Greek philosophers and others, there could be no useful debate or
progress towards understanding the nature of matter without scientific evidence as a basis.
The first of this evidence began to appear very late in the eighteenth century.

One such important breakthrough was the discovery of the ‘law of
conservation of mass’. This was published in 1789 by the French Chemist
Antoine-Laurent Lavoisier (1743-1794). Lavoisier had pioneered the use
of careful numerical measurements of mass and gas volumes in his
experimental work on combustion. Some of his experiments involved
strongly heating substances like tin, lead or mercury in sealed containers
of air to form various ‘calxes’ (we know these as metal oxides). His
observations and measurements led him to conclude, amongst other
things, that there was no change in mass during a chemical reaction, ie the
law of conservation of mass. (See Fig 2.)

This was a major breakthrough in understanding the nature of matter as until
this time there had been considerable confusion regarding what happened
to mass during a chemical reaction. When burning a lump of coal or wood,
for example, the mass of the coal or wood before combustion is much greater
than that of the product, ash. Mass appeared to be lost during this reaction.

(1743-1794) making water in 1783. The two cylinders (grey, left
and right) hold oxygen and hydrogen. A static electricity generator
(right) supplies a spark to the glass vessel (centre). The product of
the reaction is water, proving water to be a compound of
hydrogen and oxygen.

Lavoisier was one of the first to recognise the importance of
accurate measurement in the analysis of chemical reactions. By
careful weighing he showed that air is taken in by substances
during combustion, and more generally, that any mass gained by
one reactant is balanced by a loss elsewhere; the law of
conservation of mass. He was the first to realise the role of the
combustion supporting gas previously discovered by Joseph
Priestley and named it oxygen.

However, if a sample of tin or lead was heated in air (burnt) the resulting
ash or ‘calx’ (metal oxide) weighed more than the original metal. Here mass
appeared fo be gained during a chemical reaction. The confusion arose due
to a lack of understanding of the role of gases like oxygen and carbon dioxide
in the combustion process. It was Lavoisier's careful observations of
combustion reactions in sealed containers of air that revealed mass was
neither being created nor destroyed in these chemical reactions.

Another French Chemist, Joseph Proust (1754-1826), over a period from
1794, had conducted other experimental work that led him to later propose his
‘law of definite proportions’ which states, “different samples of the same
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compound always contain its constituent elements in the same proportions by mass”. While
Proust’s idea was not new he was the first to show this law experimentally. He was able to
show for example, the compound copper carbonate always contained copper, oxygen and
carbon in the constant fixed mass ratio of 5:4:1.

© Lucas Publications



2.3 John Dalton: Proposing the atomic theory

The beginnings of our current understanding of the chemical behaviour of matter, based on
the modern atomic theory, is generally attributed fo the English school teacher and scientist
John Dalton (1766-1844). (See Fig 3.) Over the period 1803-1808 Dalton presented and
published a precise definition of the indivisible building blocks of matter that we now know
as atoms. His atomic theory can be summarised as follows:

= Elements are composed of extremely small particles called atoms.

= All atoms of a given element are identical having the same size, mass and chemical
properties. Atoms of different elements have a different size, mass and chemical
properties.

= Atoms are not created nor destroyed or changed into different types during a chemical
reaction.

= A chemical reaction involves only separation, combination or rearrangement of atoms.

= Compounds are formed when atoms of more than one element combine in a specific
ratio.

In designing his atomic theory, Dalton was guided by his own experimental observations
as well as the recent discoveries of Lavoisier and Proust. The law of definite proportions for
example is accounted for in Dalton’s theory as he proposes, “compounds are formed when
atoms of more than ane element combine in a specific ratio”. Thus a compound like calcium
oxide would always contain Ca atoms and 0 atoms in some fixed ratio. In this case the ratio
of Ca atoms to oxygen atoms is 1:1 and the formula for calcium oxide would be Ca0. Using
this formula we can see that 40 g of Ca would combine with 16 g of O to produce 56 g of
Ca0. The mass ratio of Ca:0 is 40:16 or simply 5:2. Thus any experimental measurements
of the mass of calcium that combined with oxygen would always turn out to be in the ratio
of 5Ca:20. This ratio is different to the atomic ratio (1Ca:10) because as Dalton’s theory
also states, “All atoms of a given element are identical having the same size, mass and
chemical properties while atoms of different elements have different size, mass and
chemical properties”. Clearly in this example a Ca atom is 2.5 times the mass of an O atom.

Dalton’s theory also accounted for the law of conservation of mass as according to Dalton in a
chemical reaction, “atoms are not created nor destroyed or changed info different types”, and
“a chemical reaction merely involves separation, combination or rearrangement of atoms.” This
means there must be as many of each type of atom before the reaction as there is after. As
Dalton states, atoms have a fixed mass, then there must be as much mass present before a
chemical reaction as there is after. WWhen we balance a chemical equation we are applying
Dalton’s atomic theory. Using symbols to represent atoms we are ensuring there is as many
atoms of each element amongst the reactants as there is amongst the products.

Further experimental work by Dalton and others showed some elements combined in
different mass ratios to form two distinct compounds. In such compounds the experimental
measurements consistently showed the different masses of one of the component elements
always occurred in an exact whole number ratio. For example the elements carbon and
oxygen form two distinct compounds, carbon monoxide, CO and carbon dioxide, C0,. In
carbon monoxide the C to 0 mass ratio is experimentally found to be 3:4 while in carbon
dioxide the C to 0 mass ratio is found to be 3:8, ie for a given mass of carbon exactly twice
the mass of oxygen is present in carbon dioxide. These observations led Dalton to propose
the ‘law of multiple proportions’ which states, “Whenever two elements form more than
one compound, the different masses of one element that combines with a fixed mass of the
other element is always in a whole number ratio.”

This newly discovered law could be readily explained if elements existed as discrete
particles of fixed mass, ie as atoms as Dalton had earlier proposed. The resulting multiple
proportions by mass could then be the result of these same atoms combining in more than
one atomic ratio such as we now show by writing formulas like CO and CO. Importantly,
the ability of Dalton’s atomic theory to corroborate this new discovery of the law of multiple
proportions, led to Dalton’s atomic theory gaining much wider acceptance amongst the
scientific community of the time.

Although Dalton had made great progress with his atomic theory by identifying elements
as consisting of indestructible particles called atoms, he was unable to draw any conclusions
as o their structure. Experimentation during the remainder of the nineteenth century would
slowly shed light on the structure of the atom.
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FIGURE 3 John Dalton, an engraving from 1834.

Dalton’s atomic symbols greatly simplified
the representation of elements and
compounds. The table below is from
Dalton's /A New System of Chemical
Philosophy’(1808). It shows some of the
atomic symbols he used for a number of
‘elements’ along with the relative atomic
weights he had calculated. Notice some of
his elements are now known to be
compounds. Lime for example, is Ca0 and
thus not an element.

ELEMENTS"
Q Hydrogen ‘)' e Stivntian é;f:
q) Az .f@ Buyies o8
‘ Carvon .54@ Lion ';_'a
o Oxygen J @ Zine s
® Phusphorus 9 @ Coppcr 50
@ Sulphur /3 @ Lead ¢o
@ Magnesia 24 @ Silver
@ Line 28 @ Gold 4o
@ Soda 28 ® Platina /g0
@ Potash 42 0 Mercury /67

Although Dalton had the right idea about
atomic theory and chemical reactions, his
arbitrary rule of ‘greatest simplicity’ caused
him to draw some incorrect conclusions
about the chemical formula of some
compounds. This rule implied the simplest
compound of two elements would be a
hinary compound. As a consequence Dalton
believed the formula for water to be HO,
instead of H20 and ammonia NH, instead of
NHs. This error caused his calculations of the
relative atomic weights of the elements,
which were based on experimental mass
measurements and these formula, to
sometimes be out by factors of 2 times or 3
fimes and so on. On this basis, his calculation
for the atomic weight of Oxygen for
example was doomed fo be af least half the
true value. (See table above.)

Discovering the atom’s structure 13
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FIGURE 4 A schematic of the cathode ray
tube (CRT). The CRT consists of a partially
evacuated sealed glass tube fitted with two
electrodes. If a potential difference of
greater than 5000 V is applied between the
anode and cathode then the gas can be seen
to glow due fo the emission of cathode rays.

cathode
~5000V

gas glows due fo
cathode rays

@) ZnS phosphorescent s%reen
de with shows a green trace of the
?]r;?m?/vvzlm + cathode ray path

opening ®

gas glows duefo  charged mefal plates
cathode rays

- cathode rays are
deflected down =
fowards the
positive plafe

Experiments conducted by Michael Faraday in about 1833 showed that passing an electric
current through an agueous solution would cause chemical changes to take place. The amount
of chemical change (ie mass of products formed) was directly proportional to the current
flowing and the amount of time for which it flowed. His observations indicated atoms had
electrical properties while the discovery of radioactivity by Antoine Henri Becquerel
(1852-1908) in 1896, challenged the idea that atoms were indestructible particles.

2.4 The first piece of the puzzle: Discovering the electron

Other experimental work from the mid nineteenth century onwards focused on the use of
a newly developed device called a cathode ray tube (CRT, see Fig 4). This device allowed
scienfists like Julius Plucker (1801-1868), Sir William Crookes (1832-1919), J.J.Thomson
(1856-1940) and others to further explore the electrical nature of matter. Their
experimental observations led to the discovery of cathode rays. These invisible rays are
produced from the cathode (negative terminal) in a partially evacuated glass tube (a
cathode ray tube). While the cathode rays themselves are invisible they could cause the
gas inside the CRT to glow like the glow from a neon sign. The rays could also be detected
as they caused certain materials called phosphors, eg ZnS(s) to glow. Initially it was not
clear if cathode rays were a new type of radiation, like light, or if they consisted of some
sort of particles. Although cathode rays were seen to travel in a straight line from the
cathode to the anode of the CRT they could be deflected by charged metal plates or
magnets. Negatively charged plates deflected the cathode rays away from the plate while
positively charged plates would attract the rays towards the plate. (See Fig 5 a/b.)

J.J.Thomson also noted the nature of the cathode rays was independent of the material of
which the cathode was made and that a metal plate exposed to cathode rays would become
charged. These observations led Thomson fo conclude in a paper published in 1897 that
cathode rays were not a form of radiation but consisted of a stream of negatively charged
particles with mass. These particles soon came to be known as electrons and it is
J.J.Thomson who is generally credited with their discovery.

The first quantitative measurements of cathode ray particles (electrons) were produced in
1897 by Thomson using a modified CRT. (See Fig 5¢.) In Thomson's CRT the cathode rays passed
as a narrow beam between a pair of charged metal plates and a magnetic field. As the cathode
rays passed through the magnetic field they experienced a sideways force causing the rays to
move in a curved path. By adjusting the charge applied to the metal plates inside the tube it was
possible to use the deflecting force of the charged plates to cancel the deflecting force of the
magnetic field so that the cathode rays once again moved in a straight path.

(b) (9 The plate potential
+ and field strength can
cathode rays are be adjusted so that the
+ deflected upwards by - cathode rays are
the magnetic field undeflected.

magnet produces a
strong magnetic field

FIGURE 5 In the CRT, a cathode ray beam is formed using a narrow slit in a positive plate, ®. The beam can be seen as it creates a green frace on the phosphorescent
ZnS coated screen. Notice how the cathode ray beam is deflected by the charged metal plates, @. A magnetic field is also observed to deflect cathode rays, @. These
observations led scientists to conclude that cathode rays consisted of particles with a negative charge.

Thomson experimented further on cathode rays by using a pair of charged metal plates in conjunction with a magnetic field. (See Fig 5 (c).) He adjusted the
conditions so that the deflecting effect of the plates cancelled out the deflecting effect of the magnetic field. As a result the cathode rays passed undeflected between
the plates and field, ®. Measurements from such experiments allowed Thomson to determine the charge to mass ratio (ge/me) for a cathode ray particle (electron)
and to make an estimate of the mass of an electron.

14 Chapter 2
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Measurements obtfained in these experiments enabled Thomson fo deftermine the charge,
e T0 mass, me ratio (ge/me) for the cathode ray particles (electrons). He determined this
ratio to be 1.76 x 107 coulombs per gram. Using this value and the known charge to mass
ratio of various aqueous ions, Thomson was able to estimate the mass of a cathode ray
particle (electron) to be less than a thousandth the mass of the lightest atom, hydrogen.
This realisation presented Thomson with the revolutionary conclusion that contrary to
Dalton ideas, atoms must be divisible into even smaller states of matter.

In 1909, not long after Thomson’s measurements of the atom’s charge to mass ratio another
important experimental discovery about the electron was made. Robert Millikan (1868-1953)
of the University of Chicago devised an experiment, now known as the Millikan oil-drop
experiment, which enabled him to determine the charge, g. of an electron. The
experimental value he determined was amazingly within 1% of today’s accepted value of
1.602 x 10" coulomb. Importantly, with Thomson’s charge to mass ratfio (ge/me) now
known to be 1.76 x 10 and Millikan’s determination of the electronic charge, ge it was now
possible to precisely calculate the mass of the electron, me. It furned out to be an extremely
low mass particle (about half that originally estimated by Thomson) of mass 9.11 x 107" kg
or approximately 1/1800 of the mass of a hydrogen atom.

2.5 Thomson’s model of the atom

By the end of the nineteenth century it was generally agreed amongst scientists that matter
consisted of tiny particles called atoms. Matter was known to be electrically neutral and
Thomson had shown that the negative particles which made up cathode rays, now known
as electrons, had an estimated mass of around 1/1000™ that of the smallest known atom.
This lead J.J.Thomson to propose a new model for the atom (Fig 7) that could account for
these observations. Thomson’s atomic model consisted of numerous very small negatively
charged electrons imbedded within a much larger uniform positively charged sphere. The
large spherical part of the atom accounted for almost all of its mass. His model, which
became known as the ‘plum-pudding’ model of the atom, however, would prove to be
short lived due to experimental work by Ernest Rutherford (1871-1937).

2.6 Rutherford’s model of the atom

Between 1909 and 1913 Ernest Rutherford (Fig 9) and his co-workers, Hans Geiger and
Ernest Marsden, carried out a series of experiments in which a beam of alpha particles, o
(+2 charged helium nuclei) were targeted at a very thin sheet of gold foil. (See Fig 8 below.)

FIGURE 8 Rutherford’s gold foil experiments involved directing a beam of a particles towards a thin sheet of gold
foil. The scattered a particles are observed through a microscope as they cause a flash of light when they strike the
ZnS coated screen. Most alpha particles in the beam pass straight through the gold foil undeflected, ®. Some show
a slight deflection, @ and ®. While a very small percentage of a particles are deflected backwards, ®, ® and ®.

Lead block containing
radium, the radioactive
alpha particle (o)
emitting source.

beam of o parficles strikes

beam of alpha the thin gold foil

parficles (o)

Flashes of light can be seen
through a microscope as
deflected o particles strike the
ZnS coated screen.

Rutherford was particularly interested in how the alpha particles would be deflected as they
passed through the thin gold foil. If Thomson’s ‘plum-pudding’ model of the atom was
correct then all of the alpha particles would pass through the gold foil with little or no
deflection. This he concluded as the positive charge and mass of Thomson’s atomic model
was thinly and uniformly spread throughout the atom.
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FIGURE 6 Dalton’s original 1803 concept of
the atom was that of small, hard, dense
and indivisible sphere with no internal
structure.
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|<M>I The blue region is of

uniform positive
charge and mass.

a region of
uniform mass and
charge (+).

FIGURE 7 J.J. Thomson’s 1904 ‘plum-pudding’
model of the atom. Small negatively
charged electrons are imbedded within a
sphere of uniformly positive charged mass.
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FIGURE 9 Portrait of New Zealand born
physicist Sir Ernest Rutherford (1871-1937),
painfed by Janssens in 1917.

Rutherford, graduated from the University
of New Zealand, Wellington receiving his
B.Sc. degree in 1894. That year he was
awarded a scholarship enabling him fo
attend Trinity College, Cambridge, as a
research student at the Cavendish Laboratory.

There he worked under the guidance of
J.J.Thomson, the scientist who had earlier
discovered the electron and proposed the
‘plum-pudding’ model of the atom.
Rutherford’s later discoveries would
disprove Thomson’s atomic model.

Discovering the atom’s structure 15



FIGURE 10 In Rutherford’s planetary (or
nuclear) model of the atom over 99.9% of
the mass and all of the positive charge is
located in a very small central region of the
atom. Small negatively charged electrons
orbit the nucleus.

Electrons orbit the
nucleus much like
-, planets around the
% oosun.

7~The smal high
density nucleus
contains protons.

FIGURE 11 Based on J.J.Thomson'’s
madel of the atom Rutherford
predicted the alpha particles should
pass through the gold foil
undeflected or at most show a slight
deflection. See Fig 11 (a).

Rutherford’s experimental observations
did not match these predictions.
With this in mind he proposed a
nuclear model of the atom as a way
to account for the strong deflection
and rebounding of some of the
alpha particles. See Fig 11 (b).
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FIGURE 11 (a)

Rutherford and his co-workers did observe that almost all of the alpha particles passed
straight through the gold foil unaffected. However, a very small number of alpha particles
were deflected quite significantly, some (=1 in 20,000 of them) even turned back in their
original direction. In Rutherford’s own words this was ... “as if you fired a 15-inch (~38 cm)
shell into a piece of tissue paper and it came back and hit you”. Thomson’s atomic model,
with mass and charge distributed fairly evenly within the atom, could not account for the
heavily deflected alpha particles. In 1911 Rutherford proposed an improved model for the
atom that would account for these experimental observations. (See Fig 10.)

He proposed the atom consisted mostly of empty space occupied only by the very low mass
negatively charged particles called electrons. The electrons orbited a tiny central region he
called the nucleus. In Rutherford’s model almost all of the atom’s mass and all of its positive
charge are located in the nucleus with the positive charge being carried by profons. This
model explained why most of the alpha particles in Rutherford’s gold foil experiment passed
through the gold foil undeflected. (See Fig 11.) The undeflected alpha particles had simply
passed through the relatively empty region of the atom, the region occupied only by the
very low mass particles called electrons. The very few alpha particles that passed close to
or directly toward the tiny but dense and positively charged gold nuclei would show
significant deflection or even be deflected backwards.

FIGURE 11 (b)

cross section of gold foil using cross section of gold foil using Rutherford’s electrons
Thomson’s atoms of uniform low atomic model of a finy nucleus with a high
density mass and charge mass and charge density
s .
................................... FOOE U TTTERTTRRRTY =
Thomson’s, ..\ Rutherford’s . .. .. .70 s L
atomic model atomic model 3

Rutherford’s model accounts for
the observed significant
deflection of some o particles.

Thomson’s madel predicted
little or no deflection for the
beam of o particles.

The beam of o particles (He?*)
from the radioactive source
radium.

2.7 Chadwick’s discovery of the neutron

Rutherford’s model was consistent with the current experimental observations (1911) and
gave a good account of the charge and mass distribution within the atom. The model,
however, could not account for all of the atom’s mass. Experimental data by Hans Geiger
and Ernest Marsden on the extent and frequency of alpha particle deflection showed the
number of protons in the nucleus equalled half the atom’s relative mass. At best this meant
the protons could only account for half of the atom’s overall mass. Some other neutral
particle must be present in the nucleus. A search for this particle proved difficult as detection
methads at the time involved using electric or magnetic fields to deflect particles followed
by their detection. The charge and mass of a particle could be inferred from the direction
and extent of its deflection. These techniques worked on charged particles but were no use
on neutral particles.

The search for the chargeless particle, the neutron, finally ended at the University of
Cambridge Cavendish Laboratories in 1932 when Sir James Chadwick (1891-1974), a
previous student and collaborator of Rutherford, identified neutrons as a product of the alpha
particle bombardment of the metal Beryllium. For this pivotal discovery he was awarded the
Hughes Medal of the Royal Society in 1932 and later the Nobel Prize for Physics in 1935.
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2.8 Bohr’s contribution

Rutherford’s model of the atom had introduced the concept of a very small but dense
nucleus with a large positive charge due fo the profons it contained. Later, Chadwick
experimentally identified neutrons as the particles with no charge that contributed around
half the atom’s mass. A remaining limitation of Rutherford’s atomic model was its inability
to provide an explanation for the then well known phenomenon of emission spectra, also
known as line spectra. (See Fig 12b.) These spectra are produced by electrically excited
low pressure gases and vaporised elements.

FIGURE 12 (a)
(a) The continuous spectrum shown at right is formed by a
very hot object like the filament of an incandescent globe.

This is much like the spectrum seen when a rainbow forms.

(b)
(b) The gas discharge tube shown here is filled with
hydrogen gas. \When a high voltage is applied to the -
electrodes, the gas produces a characteristic line spectrum violet  blue cyan red
(emission spectrum) that is unique for the gas in the tube.
The atomic line spectrum of hydrogen gas, shown here,
contains four distinct lines in the visible part of the ) screen with slit
electromagnetic spectrum. high volfage

The hydrogen gas emission
specfrum appears on screen.

friangular glass prism

discharge
tube

confaining
hydrogen gas

Light emitted by excited hydrogen
(c) The absorption spectrum at right occurs when light gas passes through a narrow slif.
consisting of a continuous spectrum, as in (a) above, passes
through a gas of atomised cadmium. The dark lines, ie

absence of light, occur as cadmium atoms absorb these (0
specific wavelengths of light. The absorbed wavelengths
match those in the element’s emission spectrum.

Furthermore, Rutherford’s idea of electrons orbiting the nucleus was problematic. Such FIGURE 113 Bohr’s quantum model is

i+ i ; ; N ; ; analogous fo a hall sitting on a staircase.
orb!Tlpg electrons would, according to classical physics principles, conhnllJouslly emit The bal can fall from a higher step o a
radiation causing the electron fo lose energy and speed then presumably spiral into the lower one or it can be raised up o a higher
nucleus. Atoms based on the Rutherford model appeared to be inherently unstable! step but it won't rest in between steps. In

either case the energy lost or gained by the

In 1913 the Danish physicist Niels Bohr applied concepts from the newly developing field ball is exactly the difference in potential
of quantum theory to propose a modified version of Rutherford’s nuclear atom. Bohr's enerey of the fwo S_TED_Sj ‘
model solved the problem of the unstable electron orbits while precisely accounting for the In this analogy fhe individual steps are like
. . the electron quantum levels or radii Bohr
line spectrum of hydrogen gas. His model proposed that electrons moved about the central proposed for electrons in an atom.

nucleus in circular orbits, as was first proposed by Rutherford, but that only certain orbit
radii are allowed. He also postulated that the electron in each orbit had a specific amount
(quanta, see Fig 13) of energy with the lowest orbital radii corresponding to the lowest
possible energy. (See Fig 14.) Contrary to classical physics principles he proposed the
electron could orhit without losing energy.

Bohr hypothesised a single light photon would be emitted from an excited atom when one energy input
of its electrons fell from a higher energy orbit (Eupper) to a lower energy one (Eiower). step 2 raises fhie ball
(See Fig 14.) The energy of the emitted photon (Egneton) Would equal the difference in
energy of the two orbits. The frequency (and wavelength) of the emitted photon depends

It must be noted that visible light is only produced by hydrogen if the electron falls to Ez.
Ultimately the electron will emit more radiant energy when it returns to the lowest energy
level, the ground state, E1. This, however, will not be in the form of visible light.

upon its energy (Epnoton = Afwhere /= 6.626x107* and 7= frequency). step 1|
FIGURE 14 The simplified sketch at right shows some of the electron energy levels (E+ to Es) >A'§ Fe
of the hydrogen atom as visualised by Bohr. The electron transitions shown here correspond o % Es f=7.31x10" Hz
to the formation of the visible part of the hydrogen emission spectrum shown in Fig 12(b). g 2 £ 690" Hz
These emission lines may occur once the single electron in a hydrogen atom has been excited ; g B4 :
from its ground state (E1), eg by electrical discharge, [Fig 12(b)], to a higher energy level like = ";'-, = 6.17%10 Hz
E2, E3, E4 and so on. In this example the excited electron then falls to the lower energy level Ez 5 2 =]
and releases energy in the form of a visible light photon where, Epnoton = E3 - E2 and so on. E £
The wavelength and associated colour of the emitted light depends upon its energy, ie Epnoton. w|® f=4.57x10" Hz
= ® g Y ¥ Vv ¥
A
2| s
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2
c
A
o
m
(==
w

www.lucaspublications.com.au Discovering the atom’s structure 17



! Book Quiz2.8.)

f Attempt Set 3 # 9.}

~0.6106x10™m |
nucleus consists
electron of protons and
cloud neutfrons

FIGURE 15 The current atomic model has a
central nucleus of protons and neutrons. The
electrons, however, do not orbif the nucleus
as in Bohr’s model but instead move within
regions of characteristic electron distribution
and energy called orhitals. The lowest
energy orbital for the hydrogen atom has a
spherical probability distribution, much like
that shown above, with the average
electron-nucleus distance of 5.29 x 107" m.

Although the nucleus contains all of the
positive charge and over 99.95% of the
atom’s mass it only represents a tiny fraction
of its total volume. This gives the nucleus a
very high charge and mass density. The low
mass and negatively charged electrons
occupy the electron cloud region which
comprises over 99.999999999% of the
atom’s total volume but almost none of its
mass.

CD-ROM surface magnified by
%30 000 times

>

10 x 10° m, ie10 micrometres

FIGURE 16 Comparing micro and nano data storage.

The magnified image at left shows the arrangement of micrometre sized pits on a CD-ROM surface.
The arrangement of these pits is used to store digital information. At right is an image produced by
a scanning tunnelling microscope (STM) of individual silicon atoms (white) arranged on a silicon-
gold lattice (purple). Researchers are hoping to use such arrangements of individual atoms to store
data much like the pits on a CD-ROM surface. Such data, ie the placement of individual atoms, can
be written and read using an STM/AFM. (See p67-68.)

This research was conducted at the Universities of Basel, Switzerland and Madison, Wisconsin, USA.
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Bohr was able to determine, by a mix of quantum theory and classical mathematics, the
energy associated with each of the electron energy levels of the hydrogen atom. This
enabled Bohr to theoretically calculate the wavelengths of light that should be present in
the line (emission) spectrum of hydrogen. (See Fig 12(b) and 14.) His results showed an
excellent agreement with the experimentally measured wavelengths of light seen in
hydrogen’s line spectrum.

2.9 The current atomic model

The great success of the Bohr model was its ability to explain the experimental observations
of line spectra and accurately predict the wavelengths of light in the line spectrum of
hydrogen. The Bohr model also explained the formation of absorption spectra. Bohr's
model allowed photons of just the right energy (ie wavelength) to excite an electron from
a lower energy level to a higher one. In the process these specific wavelengths of light
having the exact energy that matched the electrons transition fo a higher energy orbit, could
be absorbed. Wavelengths of light not exactly matching the energy difference for the
electron transition were not affected. This model gave a good explanation for the
observation of absorption spectra as seen in Fig 12c and Fig 19.

The Bohr model also states that the electron’s orbit of smallest radius corresponds to its lowest
energy level. This he called its ground state. In this way Bohr established the stability of the
atom, ie the electron won't fall into the nucleus as this is not a lower energy state.

There were problems with the Bohr model however, as it gave no reason why the energy
of electron orbits should be quantised and no reason for atomic stability, ie why the ground
state orbit was the lowest energy state for the electron. Furthermore, while it accurately
predicted the wavelengths of light in the emission spectrum of hydrogen and other single
electron species such as He*, Li**, Be** and so on, it was not able to do so for atoms or ions
that had two or more electrons. Some of these problems would be solved in the early 1920s
when Louis de Broglie proposed that particles of matter like electrons can be considered to
have both a wave nature as well as a particle nature. This wave nature of electrons gave a
basis for their discrete (quantised) orbits or energy states. Two years after de Broglie, Erwin
Schrodinger and Werner Heisenberg independently developed a new comprehensive
quantum mechanical theory of the electronic structure of the atom. This new theory was a
more satisfactory explanation of the atom’s quantum nature and is used today to account
for the electron structure of the atom.

We are now at a point in our technological development where through the use of devices
such as the scanning funnelling electron microscope (STEM or STM, see p67) and the atomic
force microscope (AFM) we are able to image and manipulate individual atoms. (See Fig 16.)
Further research into the nature of the nucleus has revealed numerous subatomic particles
exist and that protons and neutrons themselves consist of smaller particles called quarks.

Si atoms on a silicon/gold surface
magnified by #30 000 000 times

As can be seen, our understanding of the
nature of the atom and the development of the
atomic theory was initially a slow process. Our
written records show it had its beginnings with
the ideas of various Greek philosophers who
argued whether matter was continuous or
particulate. It still continues foday as many
teams of researchers around the world probe
into the nafure of the subatomic particles.
-2 Along the way many individuals have heen
recognised for their various contributions but
seldom do these researchers work in isolation.
Their success has been built on the collective
endeavours of many, their preparedness to
communicate new findings and ideas and
apply the scientific method in the search for an
understanding of our world that matches our
experimental observations of it.

<
< >
1

0x10° m, ie 10 nanometres
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2.10 Spectral analysis: Identifying atoms from spectra

While the pattern of quantised energy levels as first proposed by Bohr are exactly the same
for all elements, the actual energy of each level is different for different elements. As a
result, the energy absorbed or released in the electron fransitions of a given element are
unique for that element and hence its resulting line spectrum is also unique. (See Fig 17.)
For this reason an element’s line spectrum, also known as its emission spectrum, is like an
atomic fingerprint that can be used to identify it.

= Flame test: This analytical technigue relies on the unique nature of an element’s emission
spectrum to identify its presence in a mixture or compound. The test involves placing a
small sample of the unknown, usually a salt, into a hot, almost colourless Bunsen flame. A
thoroughly cleaned (using hydrochloric acid and distilled water) platinum wire loop is often
used for this purpose. The clean wire loop is dipped into a solution or paste of the salt.
When placed into the Bunsen flame the heat of the flame excites electrons in the vaporised
metal ions of the salt. WWhen these excited electrons return to their ground state they emit
light of specific wavelengths thus producing characteristic colours. The resulting flame
colour (Fig 18b) indicates the metal element present in the salt. Some elements may be
difficult to distinguish this way as they produce very similar looking flame colours. However,
by viewing the flame through a spectroscope it is possible to see the details of the emission
spectrum (Fig 17) and make a precise judgement of the element(s) present.

FIGURE 18 (a) Fireworks over Perth water

The brilliant display of colour seen here is largely due to the emission spectra
produced by various metal ions present in the pyrotechnic mixture. Adding
strontium salts for example produces a red colour while barium salts give the
fireworks a green colour.

FIGURE 18 (b) Flame tests

A clean platinum wire loop is used to introduce a salt solution or paste into a
hot, non-luminous Bunsen flame. The heat of the flame vaporises the salt and
excites electrons in the vaporised metal ions. When these excited elecfrons
return to their ground state they emit light of specific wavelengths and produce
characteristic flame colours. These colours can be used to identify the metal
element present in an unknown salf.

strontium  sodium barium

copper lithium
(yellow)

potassium
(green) (litac)

(green) (red) (red)

= Atomic absorption spectroscopy (AAS): This analytical technique relies on the unique
nature of an element’s absorption spectrum to identify its presence and concentration in a
mixture. The technique was pioneered by an Australian, Sir Alan Walsh (1916-1998) and
his team of co-workers in the early 1950s while working at the CSIRO. AAS is now used
worldwide to routinely analyse around 70 different metal elements with concentrations as
low as 1 pph (parts per billion).

AAS is a highly selective technique able to analyse the chosen element even though high
concentrations of similar elements are also present in the mixture. It is ideal for analysing
the concentration of toxic heavy metals or other metal ions in water samples such as from
bore water, streams, lakes or drinking water. Biological tissue or fluids can be analysed for
various metals such as mercury concentration in seafood or lead in blood. In the mining
industry, AAS is an important technique for finding the concentration of many metals like
gold, silver and copper in mineral samples.

www.lucaspublications.com.au

FIGURE 17 The emission spectrum for an
element can be viewed with a spectroscope.
Some of the major lines in the visible
emission spectrum of lithium, strontium and
sodium are shown here.

FIGURE 19 The wavelengths of light
emitted by an excited gaseous atom will
depend upon the unigque energies of its
quantum levels. For this reason an
element’s emission spectrum is unique fo
that element. Also, the wavelengths of light
a gaseous atom can absorb usually match
the ones ifs excited gaseous atoms can
emit. This is seen in the emission and
absorption spectra shown below. AAS relies
on this effect.

emission spectrum for cadmium

i [

absorption spectrum for cadmium
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The atomic absorption spectrometer (Fig 20) operates on the principle that an element in
the gaseous state can absorb only certain specific wavelengths (energy) of light, called its
ahsorption spectrum. (See Fig 12c and 19.) Every element has its own characteristic
absorption spectrum where the absorbed frequencies match many of the frequencies found
in its emission spectrum. To analyse for a specific element using AAS a solution of the
sample must first be atomised in a suitably hot flame. A beam of light of just the right
wavelength(s) is then passed through the flame containing the atomised sample. By
measuring the degree of light absorption, called absorbance, the concentration of the
particular target metal in the sample can be found.

FIGURE 20 Atomic absorption spectrometer schematic.

In this example of the AAS, a hollow cathode lamp is used
as the light source. The metal of the cathode is chosen to
match the target metal being analysed from the test solution.
In this way the light it produces is of the precise wavelengths
that can be absorbed by the target metal atoms alone.

The test sample is aspirated (sucked up) info the gas/air
stream supplying the flame of the AAS. This suitably hot
flame ensures the sample is decomposed and atomised. Any
metal atoms originally present in the test sample are now
present as free atoms in the flame. In this form the target
metal atoms freely absorb light from the light beam directed
through it.

A wavelength filter selects a desired wavelength of light
from the exiting beam and the amplifier/signal detector
defermines the extent fo which it has been absorbed, called
the absorbance. Absorbance is proportional fo the
concentration of the target metal atoms present in the flame.
It is used, along with a calibration curve, fo defermine the
metals concentration in the test solution. (See Fig 21.)

high hollow light beam flame containing

voltage  cathode atomized sample
lamp /

4= 1

+——1

fuel, eg GHa(g)

-
==

» ) wavelength amplifier/signal
oxidiser, eg air — filter or prism defector

sample is aspirated info fest sample in
the fuel/air mixture solution

In order to determine the tfarget metfal concentration in the unknown test sample a
calibration curve is required for that element. The calibration curve is generated by
measuring the absorbance of a set of solutions of known concentration. (See Fig 21.)

FIGURE 21 Groundwater supplies are sometimes found fo be contaminated with naturally occurring calibration curve for arsenic
arsenic. Water like this may be unsuitable for drinking. In Australia the NHMRC guideline for arsenic 0.80
in drinking water recommends a threshold of 0.01 mg L™, ie 10 pph. AAS can be used to monitor the 0.704..unknown groundwater sample
concentration of arsenic in such situations. To do this a calibration curve must be prepared by ]
analysing a set of standard solutions of known arsenic concentration and graphing the absorbance of o 0607
these solutions against concentfration. The concentration of arsenic in the test sample is then = 0.501
determined by referring to its absorbance and the calibration curve. The following data in Table 1 was g ]
ohtfained and used to prepare the calibration curve af right. This is then used to defermine the 5 0407
concentration of arsenic in a groundwater sample of unknown arsenic concentration. © 0'305
TABLE 1 Absorbance data for the standard solutions and the unknown groundwater sample U'ZUE )
arsenic concentration (ppb) |20.0 |16.0 |12.0 |8.0 6.0 4.0 groundwater 0.107 groundwater = 18.5 pph arsenic
absorbance 0.750 |0.600 |0.450 |0.300 |0.225 |0.150 |0.695 0: T T T y T
0 5.0 10.0 15.0 200
! Book Quiz2.10. JJf complete Set 3. concentration (opb)
= = ’

y ( Set 3 Discovering the atom’s structure )
cou
could not 1. Use the list of terms given to correctly complete the following passage. (E)

hilosophies . )

P . p Early Greek philosophers like () and ) taught that matter was
beliefs continuous, meaning it o be divided endlessly into ever smaller pieces. The
Plato first known written record that talks of matter being composed of atoms is attributed to
Democritus ) . Leucippus and Democritus believed matter consisted of tiny particles
Aristotle that () be divided info smaller pieces and thaf ) occupied the
nothing space between the particles of matter. These early ideas about the structure of matter
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were based on (g) 0r (n) rather than experimental observations.
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2. The French chemist Antoine-Laurent Lavoisier (1743-1794) is credited with discovering
the law of conservation of mass. Essentially this law states that there is no change in mass
during a chemical reaction. Answer the following questions about this law. crucible originally contains 7.28 g of

CuC0s(s)

a. Complete the following sentence which is a restatement of the law of conservation
of mass. In a chemical reaction the total mass of the products formed equals

b. In what way was the development and proposal of Lavoisier’s law of conservation
of mass different to Democritus, proposing that matter consisted of indivisible
particles called ‘atomos’.

¢. Astudent carefully weighs a 1.84 g strip of magnesium ribbon, Mg(s) and burns this
in air to produce 3.05 g of white powder. It appears as though there is 1.21 g more
masslaf‘rer the reaction than before. Account for the increase in mass during the FIGURE 22 As the crucble with CUCOS(s) is
chemical change. strongly heated ifs confenfs decompose

d. In an experiment, 7.28 g of CuC0s(s) is added to a crucible as shown in Fig 22. After leaving - behind only  CuO(s). The ofher

. o product, CO5(g) escapes from the crucible.
heating, the remaining black powder has a mass of 4.37 g. Apply the law of
conservation of mass to determine the mass of carbon dioxide produced.

3. The idea of compounds having a constant composition was not new before it had been
proposed by Proust. Why was the ‘law of constant composition” accredited o Proust?

4, A 3.42 g sample of magnesium was burnt in air and found to combine with
2.25 g of oxygen. Answer the following questions without referring to moles or
stoichiometry.

a. How much magnesium oxide was formed? (Assuming it's the only product.)

b. What law did you use to answer part (a)?
¢. How much magnesium would react with a 10.0 g of oxygen?
b. What law did you use to answer part (¢)?

5. John Dalton (1766-1844) is accredited with having proposed the original atomic theory
of matter. He proposed for example, “All atoms of a given element are identical having
the same size, mass and chemical properties.” How has our view of this point changed?
Explain.

6. The invention of the cathode ray tube (CRT) in the mid nineteenth century ultimately
resulted in J.J.Thomson’s discovery of the electron. Answer the following questions
about the CRT.

a. How are cathode rays detected in a CRT? ie Describe two ways their presence can be
observed.

b. What ohservations led Thomson and others to conclude that cathode rays must have
a negative charge?

¢. Thomson’s modified CRT (see Fig 5¢) used a narrow beam of cathode rays. Very briefly
describe how he was able to produce a beam of cathode rays.

d. In Thamson’s modified CRT (see Fig 5¢) how did he ‘see’ the cathode rays?
e. What was Thomson able to determine about cathode rays with his modified CRT?

7. Ernest Rutherford and his co-workers carried out a series of experiments in which a
beam of alpha particles were targeted at a very thin sheet of gold foil only a few atoms
thick. (See Fig 8 p15.) The following questions refer to this experiment.

a. What are alpha particles and where did Rutherford get them?
b. What physical property of gold allowed it to be made so thin?

¢. If Thomson’s model of the atom was correct, what did Rutherford and his co-workers
expect fo observe? Explain.

d. How were the deflected alpha particles counted in these experiments?

e. Why was Rutherford and his team so surprised with their observations? VWhat did
Rutherford interpret this to mean about the structure of the atom?
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8.

10.

11.

12.

Rutherford’s model of the atom worked quite well as it was able to explain many of the
observed properties of matter. However Rutherford and his co-workers were aware of
several shortfalls. In particular it appeared his model could only account for about half
the mass of the atom. What type of particle did Rutherford suggest was missing? Why
was it so hard to detect it and who is credited with its discovery?

Niels Bohr made some important modifications to the Rutherford model of the atom.
His modifications enabled the stability of the atom to be accounted for as well as explain
line spectra (emission spectra). The following questions are about these aspects of the
atomic model.

a. Explain why the Rutherford model meant the atom was inherently unstable.

b. What did Bohr propose about the arrangement and energy of the electrons in an
atom that solved the problem of its instability?

¢. Another limitation of the Rutherford atomic model was its inability to predict or explain
the spectra produced when a high voltage was applied to a low pressure gas in a
discharge tube. What simple instrument can be used to observe the various colours
(spectrum) produced by a discharge tube?

d. Describe the visible part of the emission spectrum of hydrogen gas.

e. Using the Bohr model of the atom explain how a gas like hydrogen can produce a line
spectrum (emission spectrum) that has only a few specific wavelengths of light.

A simple laboratory test called a flame test can be used to differentiate between salts
like barium chloride, sodium chloride and strontium chloride. Consider the following.

a. Describe a method you could use to perform a flame test on these salts.

b. What colour flame would you expect for each of the salts?

¢. Explain the formation of the characteristic flame colours that can be seen when
metal salts are placed into a hot flame?

Why is it important to prepare the solutions of the different salts in distilled water
rather than tap water? What might happen if tap water was used instead of distilled
water?

Sodium is an essential element in our diefs, however, excess amounts can cause health
issues. Processed foods often contain significant amounts of sodium and for this reason
they often carry consumer information about their salt content. A food manufacturer
needs to determine the sodium content of a new brand of breakfast cereal. To do this a
sample of the cereal was weighed, crushed, and brought into solution, making it up to
500.0 mL in a volumetric flask.

Atomic absorption spectroscopy was then used to determine its sodium content. To do
this several standard solutions of known NaCl concentration were prepared. The
absorbance of the standard solutions and that from the cereal solution were measured
using AAS. The results are shown here:

concentration of Na*(ag) mg L'| 320 640 800 960 | 1150 |unknown cereal solution

ahsorbance

0.163 | 0.320 | 0.398 | 0.477 | 0.573 0.515

a. Construct a calibration curve for this data and use this to defermine the
concentration of sodium in the solution prepared from the breakfast cereal.

b. Inthe AAS technique the cereal solution is aspirated into a hot flame. What is the role
of the flame in the atomic absorption process?

¢. This technigue is highly specific for the element in question, ie sodium. Even though
the cereal solution may contain very similar ions like potassium or lithium they will not
interfere with the measurement of the sodium ion concentration. Account for the
ability of AAS to be so metal specific.
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CHAPTER 3 | IT'S A MIXED UP WORLD OF MATTER

FIGURE 1 The alloy bronze, used in this
statue is an homogeneous mixture of copper
and tin. Use of bronze is believed to date to
at least the 4th millennium B.C. It was one
of the most important materials used by
early civilisations. Much harder than pure
copper or stone, it was used for tools,
weapons, decorative plaques and statues.
The melting point of bronze, like that of all
mixtures, is not fixed or well defined but
depends upon several factors including the
% composition of the bronze. (See table.)

copper  tin melting point of
%Cu %Sn bronze (°C)

100 0 1085

90 10 945

70 30 720

30 70 530

0 100 232

This bronze statue of John Harvard (above)
can be found outside the University Hall
offices of the Dean of Harvard. It is visited by
tourists and aspiring students from all over
the world. They rub his shoe for good luck.

! Book Quiz3.1.

fAﬂemp'r Set4#1,2,3and 4.]

FIGURE 2 Metal sieves like these are often
used in laboratories for separating crushed
mineral samples according fo parficle size.
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3.1 Properties of mixtures and pure substances

Almost all of the materials we encounter in our everyday lives are examples of mixtures of
at least two or more pure substances. The air we breathe, the food we eat, the construction
materials around us like glass, brick, steel and wood and even the ocean we swim in are
examples of mixtures. While we rarely encounter pure substances some familiar examples
include distilled water, H20() that is used for example in a steam iron, table salt, NaCl(s) for
cooking or gold, Au(s) and diamonds, C(s) used in jewellery.

Chemists define a pure substance as one having a fixed or constant composition and not
being able to be separafed into other substances by physical means such as filtration or
distillation. Pure substances can be distinguished from mixtures by observing their physical
or chemical properties. A pure substance will always have a well defined and constant
boiling point and melting point. If you tested a clear liquid and found that it froze at 0 °C
and boiled at 100 °C you could be confident (though not certain) the substance was pure
water, H20(1). By comparison, sea water, a mixture of water and various soluble salts will
boil at some temperature above 100 °C, and freeze at some temperature below
0°C. (See Fig 10 p4.) The actual temperature at which sea water starts to boil or freeze depends
upon the amount of each of the salts present in the sea water. Thus samples of sea water
from different marine environments do not have the same boiling point or freezing point.

Similarly the density (see p41) of a pure substance is fixed, while that of a mixture will
vary. At standard laboratory conditions pure water has a density of 1.0 g mL™" whereas the
density of sea water may be as high as 1.24 g mL™"; as in sea water from the ‘Dead Sea’.
These and other physical properties like hardness, electrical conductivity and even colour
can be used to distinguish a pure substance from a mixture. In each case a sample of a pure
substance always has a constant and well defined set of physical properties irrespective of
where the sample originated from. In mixtures, such properties vary and depend upon the
actual percentage composition of its components. (See Fig 1.)

As with physical properties, the chemical properties of a pure substance are also well
defined and constant irrespective of their source. Pure iron, Fe(s) for example, has a
tendency to slowly corrode when exposed to water and oxygen to form a new substance
called rust. Mixtures of iron with other metals like chromium and nickel, called alloys, show
varying tendencies to corrode. Some like stainless steel show almost no tendency to rust.

3.2 Mixture separation using physical properties

One of the great endeavours of scientists, and chemists in particular, has been to learn about
and understand the nature and properties of matter. This however, is extremely difficult to
achieve when studying matter in the form of mixtures, as mixtures dont have a fixed
composition and their properties vary with their composition. Our progress in understanding
the properties of matter has relied greatly upon our ability to extract and isolate individual
pure substances from the naturally occurring mixtures around us.

While the overall properties of a mixture are influenced by all of its constituents, the
individual pure substances making up a mixture always retain their own unique physical
properties. This feature of a mixture allows substances whose properties are significantly
different to others in the mixture to be separated from the mixture. Thus if any pure
substance in a mixture has a significantly different solubility, density, boiling point or
even particle size compared to the other components then it may be able to be separated
from the mixture by physical means.

= Sieving: Can be used to separate the components of a mixture based on particle size. The
mixture is passed through a sieve of suitable mesh size (hole size) that allows the smaller
particles to pass through while leaving coarser grains behind. Sand used for making
concrete is often screened by sieving to remove rubble and ensure the sand grains are of a
suitable size. Although sieving is unlikely to produce pure substances from a mixture it can
concentrate a desired component. (See Fig 2.)
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= Filtration and evaporation: These techniques can be used to separate the substances in
a mixture based on their differing solubility and volatility. (See Fig 3.)

Evaporation of the
filtrate leaves behind
pure NiSO4(s).

A pure residue of insoluble Si0(s)
collects in the folded filter paper.
Add water fo
dissolve NiSQs. ||

— S v

The filtrate contains water
and dissolved NiSQa.

NiSO4 and Si0z
mixture

In the mixture from Fig 3, nickel sulfate, NiSOa(s) can be separated from the powdered
quartz granules, Si0x(s) as NiS04(s) is soluble in water while SiOz(s) is not. Adding water to
this mixture dissolves only NiSQa(s) leaving Si0z(s) as an undissolved residue. The resulting
NiSQa(ag) solution is then filtered to separate it from the undissolved Si0x(s). Pure NiS0Oa(s)
is then separated from the filtrate by evaporation. (See Fig 3.) Evaporation is useful for
separating non-volatile substances (ones that don’t evaporate), in this case NiSO4(s), from
volatile ones (do evaporate) in this case water.

The process of filtration can be seen as a form of sieving. lons and molecular sized particles
in solution pass through the filter paper pores, typically 2-25 um in size. (See border note.)
Larger solid particles can’t and are retained in the folded filter paper as a residue. Other
forms of filtration such as microfiltration, ultrafiltration and nanofiltration use
membranes with pore sizes as small as 1 x 107™"% m to filter fine particles, microorganisms
and even molecules or ions from solution.

Microfiltration membranes, for example, are sometimes used in remote locations for the
treatment of drinking water. These membranes have pore sizes of 100 to 1000 nanometres
(see border note) which are sufficiently small to filter very fine muddy particles from water
as well as a variety of microorganisms such as protozoa and bacteria. Smaller particles like
viruses, molecules or salt ions are able to pass through these membranes. Ultrafiltration
and nanofiltration (pore size 0.5-5 nm) can be used to filter progressively smaller particles
like viruses, molecules and some of the ions that may be present in water. Reverse osmosis
is the ultimate in membrane filtration (0.1-1 nm pore size) and is used to produce pure
water from sea water and other brackish or polluted water sources. (See 16.10 p146-147.)

= Gravity separation: Is suitable for separating (or concentrating) components in a mixture
based on their densities. This is especially effective when the components in the mixture
have significantly different densities, eg for separating gold particles (density 19.3 g mL™)
from within quartz rock (density 2.6 g mL™"). Typically the mixture needs to be crushed and
ground to a suitably fine particle size. Agitating or shaking the mixture will then cause the
much denser particles (eg gold) to settle towards the bottom of the mixture and the less
dense particles (eg quartz grains) to accumulate towards the top, hence separating the
components of the mixture. The process may be repeated several times to produce a better
separation. Some gold mining operations use ‘panning’ or various gravity separation devices
like the ‘sluice box’, ‘spiral concentrator’ (Fig 4) or ‘shaking table’ to concentrate various
minerals based on density differences. These techniques are typically inexpensive and
sufficiently effective where the density differences are large enough.

= Distillation: Can be used to separate a mixture based on boiling point differences in the
individual components of the mixture. (See Fig 5.) In the laboratory, a simple distillation
process is most effective in separating a volatile component (eg water) from a non-
volatile one (eg salt). This process can be used to produce distilled water (pure Hz0) from
sea water. Distillation can also be used to separate a mixture of volatile substances if their
boiling points are significantly different (eg differ by around 70 °C or more). A mixture of
hydrocarbons like toluene (BP=110.6 °C) and cyclopentane (BP=49.3 °C) could be
separated this way. When the mixture is heated, the lower boiling point substance,
cyclopentane, boils first resulting in a vapour consisting mainly of cyclopentane. Cooling and
condensing this vapour gives a distillate of cyclopentane. The higher boiling point liquid,
toluene remains in the boiling flask.
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FIGURE 3 Filtration and evaporation

A mixture of NiSQ4 (soluble) and powdered
quartz granules, Si0z(s) (insoluble) can be
separated using filtration and evaporation.

Adding distilled water to this mixture
dissolves only the soluble component, ie
NiSOa(s). The insoluble, undissolved solid,
Si0z can be separated by passing the
mixture through a folded filter paper
placed inside a filter funnel. Insoluble Si0;
collects in the filter paper while the solution
of NiSQ4, the filtrate, passes through tiny
pores in the filter paper and collects in a
beaker below the filter funnel.

Evaporation of water (volatile) from the
filtrate yields pure NiSO4(s) crystals.

Note: 1 micrometre = 1 um = 1 x 10® metres
also
1 nanometre =1 nm = 1 x 10”° metres

FIGURE 4 The spiral concentrator shown here
is used at various Australian mine sites to
concentrate a variety of dense minerals
such as gold (19.3 g mL™), iron ore

(5.2 g mL™"), tantalum (5.2 g mL™), heavy
mineral sands and chromite.

The ore to be concentrated (partially
separated) is crushed then mixed with water
to form a slurry that flows down the spirals
(green). Higher density minerals in the
mixture accumulate to the inside of the
spirals and are siphoned off from here. The
lower density minerals travel faster and
accumulate on the outside edges of the
spirals. Image courtesy of Mulotech Australia.

It's a mixed up world of matter 25



In practice, however, some of the higher boiling point substance, in this example toluene,
will also evaporate along with the lower boiling point substance and so the distillate isnt
exactly pure. A second distillation of this distillate will give a higher purity product. If the
boiling points of the components in the mixture are too similar, as in say an ethanoic acid
(BP =117.9 °C) and water (BP = 100.0 °C) mixture, then simple distillation is ineffective as
a separation fechnique.

FIGURE 5 Distillation is most effective for separating a mixture
of volatile and non-volatile components. The distillation
apparatus at right is being used to separate water (shown as
pale blue) from a nickel chloride solution (green). Nickel

chloride, NiClz is the non-volatile component and remains in thermometer ———5
the round bottom flask while the volatile water boils then
condenses and is collected as the distillate in the conical flask. warm water out
This apparatus can be used to separate a mixture of volatile still head : water vapour
liquids as long as their boiling points are significantly different. \ : condenses
solution of | <J
nickel chloride
and water .
‘ | il
condenser
cool water in

Vapour becomes
enriched in the
H lower boiling point

heating
mantle

The condensed, lower
boiling point substance
collects here as the
ow distillate.

_—component (blue).

femperature

Vapour from the
higher boiling point
component (red)
preferentially
condenses on the

small glass beads. = Fractional distillation: This fechnique can be used fo separate two or more volatile
components like toluene and cyclopentane from a mixture. In fractional distillation the
n/vapourmmure vapour passes upwards through a fractionating column (Fig 6) that is packed with glass
i- beads. Within the column the higher boiling point component has a greater tendency to
FIGURE 6 Including a fractionating column condense on the surface of the glass beads and drip back into the flask. Thus, as the vapour
g:zjw(r;Iagbso)veg)reb;llsvlvrggfosg'ilhag'g?ﬂi'gncy mixture moves up the fractionating column it becomes richer in the mare volatile lower
of separation of volatile components. This is boiling point substance. Condensing the fractionated vapour produces a much more pure
especially important if the components have distillate of the lower boiling point substance.

similar boiling points.

! Book Quiz3.2.)

f(omplete Set 4.]

‘Set 4 Mixtures, pure substances and separation technicues,

1. Classify the following materials as pure substances or mixtures.

a. a solid cube of zinc, Zn ¢. the mineral calcite, CaC03 e. a glass of milk
b. sweat on an athlete’s skin d. the airin a balloon f. aglass of water

2. The boiling point and freezing point of pure water can be found in any chemical data book
or by researching the internet. However, the boiling point and freezing point of seawater
won’t be so easy fo find. Why don’t books generally record this data for sea water?

3. Elemental gold is yellow in colour with a density of 19.3 g mL™. It does not tarnish
when exposed to air and does not dissolve in most acids. Although elemental gold is
quite soft, 2.5 on the Moh'’s scale, it has a high melting point of 1063 °C. One type of
gold frequently used in jewellery is 18 carat rose gold. It is quite a bit harder than
elemental gold and typically has a melting point in the range 895 °C to 930 °C. Unlike
elemental gold, rose gold has a rose colour and can discolour when exposed to air.

a. Classify the quoted properties of elemental gold as physical or chemical.
b. What does the well defined melting point of 1063 °C indicate about elemental gold?

. Suggest a reason why rose gold has a melting point range rather than a specific
melting point as does elemental gold.

d. Other than having a different melting point what are three other physical properties
and one chemical property that is likely to be different for rose gold?
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4. Ethanoic acid, CH3COOH is the active component in vinegar. It has a boiling point of 118°C
and a melting point of 16.7 °C. A student measured the boiling point of a liquid that she
was sure was ethanoic acid as it had its characteristic sharp pungent odour. She found
the test liquid started boiling at 102 °C and as it boiled the boiling femperature slowly
increased. Was the liquid she tested pure ethanoic acid? Explain your answer and give
a possible explanation for her observations of odour and boiling point.

5. A mixture contains three solids, copper chloride, CuClx(s), sodium chloride, NaCl(s) and
graphite, C(s). Their respective solubilities in water are, 61 g CuCl, per 100 g of water,
36 g NaCl per 100 g of water and Cis insoluble.

a. Based on the physical properties given, outline a method you could use in the
laboratory to isolate graphite, C(s) from the mixture. You will need to include a
labelled sketch of the apparatus you would use.

b. Explain why filtration can’t be used to separate CuClx(s) and NaCl(s) from the
remaining filtrate mixture.

6. It is possible to use filtration to separate pure sodium chloride, NaCl(s) from a mixture
of copper chloride, CuClz(s) and sodium chloride, NaCl(s). To do this the solvent ethanol
must be used instead of water. The solubilities of sodium chloride and copper chloride
in ethanol are, 0.065 g NaCl per 100 g of ethanol and 67 g CuCl, per 100 g of ethanol.

The procedure involves placing the CuClz(s)/NaCl(s) mixture into a 250 mL beaker and
adding sufficient ethanol to just dissolve the mixture. The resulting saturated solution is
placed onfo an electric hot plate and gently heated. Heafing is stopped once crystals
start to appear in the mixture. The mixture is then filtered in the usual way.

a. Genftly heating the solution causes some ethanol to evaporate and crystals to appear.
What are the crystals composed of and why do they form?

b. Why is the solution heated on an electric hot plate instead of using a Bunsen flame?
You may need to research (online) the SDS (safety data sheet) for ethanal.

. The crystals in the filter paper are washed with some ethanol and then left to dry.
What is the reason for washing these with ethanol and what observation would
indicate they had been sufficiently washed?

d. Evaporating all of the ethanol from the filtrate does not necessarily leave a residue
of pure copper chloride. Explain.

7. In a laboratory exercise a student produced some methyl methanoate by reacting
methanol with excess methanoic acid. The final reaction mixture contained the product,
methyl methanoate (BP 31.5 °C), some water (BP=100 °C) which is a by-product of
the reaction and some excess methanoic acid (BP=100.8 °C).

a. The student decided to use distillation to separate the desired product, methyl
methanoate from the reaction mixture. Explain how this process works.

b. Is the resulting distillate completely pure methyl methanoate? Explain.

. Using physical means only, describe how the student could verify the purity or
otherwise of the methyl methanoate distillate?

d. Once all of the methyl methanoate is distilled off, a mixture of methanoic acid and
water remains in the flask. Is it possible to use distillation to separate these two
compounds? Explain.

8. Mineral sand deposits contain several valuable ‘heavy minerals’ such as ilmenite, (Fe.TiO3),
rutile, (Ti02), and zircon (ZrSi0s). (See Fig 6.) These deposits usually occur in ancient sand
dunes where they have become concentrated by the action of wind or water. The density of
this group of minerals ranges from 4.2 g mL" 0 5.0 g mL™". A major impurity occurring along
with heavy minerals is quartz sand, Si0z(s) which has a much lower density, 2.7 g mL™.

. . . ) - . FIGURE 6 Naturally occurring zircon crystals
Separatfing the heavy minerals from the mineral sands involves mining, washing and Small crystals of zircon recently recovered

screening followed by several stages of physical concentration to ultimately produce a 98 % from the Jack Hills region of the Yilgarn,
heavy mineral concentrate. One of the concentration processes involves a number of spiral 800 km north of Perth, are currently

. . - . believed to be the oldest mineral on Earth.
gravity separation circuits that ultimately remove most of the quartz sand from the heavy The zircon sample was dated at around 4.4

mineral ore. Briefly explain the basis of this process and how it might operate. billion years.
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CHAPTER 4 | CHEMICAL FORMULAS

5 chlorine
molecules, Cl
consist of 10
chlorine
atoms, Cl.

FIGURE 1 A 250 mL flask of the gaseous
element chlorine at normal laboratory
conditions contains around 6.2 x 10%!
chlorine molecules of formula Cl,. Each
molecule is a single cluster of two strongly
bonded chlorine atoms.

! Book Quiz4.1.)

f Attempt Set 5 # 1.}

Q
O
O O

FIGURE 2 This sketch shows two water
molecules. Each molecule consists of two
hydrogen atoms (small blue spheres) and
one oxygen atom (large brown sphere). The
chemical formula H20 shows this.

Many covalent molecular substances have
common or non-systematic names.

water

hydrogen peroxide
NH3(8).vvevvennen ammonia
[\ [O1=3 I nitric oxide
H2C0s3@ag).......... carbonic acid
(H3CO0H(a).....acetic acid
HCl@Q) oo hydrochloric acid
H2S04(ag).......... sulfuric acid
H3PO4(aq).......... phosphoric acid
HNO3(@Q) ... nitric acid
GH28) v acetylene

28 Chapter 4

4.1 Symbols and formulas for elements

The chemical symbol of an element represents a single atom of that element. With the
exception of a few non-metal elements, the formula of an element is the same as its
symbol. (See Tables 1 and 2.) Most non-metal elements have a covalent molecular
structure. The formula of these elements shows the number of atoms in one molecule of
the element. (See Fig 1.)

TABLE 1 Symbol and formula of common metal elements

Element Symbol and Element Symbol and Element Symbol and
formula formula formula
lithium Li chromium Cr gold Au
sodium Na manganese Mn zinc n
potassium K iron Fe cadmium Cd
magnesium Mg cobalf Co mercury Hg
calcium Ca nickel Ni aluminium Al
strontium Sr copper Cu fin Sn
barium Ba silver Ag lead Pb

TABLE 2 Symbol and formula of common non-metal elements

Element Symbol  Formula Element Symbol Formula
hydrogen H H fluorine F F
carbon C C chlorine a a
silicon Si Si bromine Br Br
nifrogen N N iodine | |
phosphorus * P P helium He He
oxygen 0 0 argon Ar Ar
sulfur * S S neon Ne Ne

* |t is generally accepted to write the formula P for P4 and S for Ss.

4.2 Molecular formulas

Substances with a covalent molecular structure consist of particles called molecules. A
molecule is a group of two or more atoms strongly bonded together by covalent bonds to
form a single cluster. (See Fig 1, 2 and 7.) The molecular formula of these substances
shows the number of atoms of each element present in one molecule of the substance.

As a general rule, a substance confaining a combination of non-metal elements only will
form molecules. These are known as covalent melecular substances. Well known exceptions
to this rule are the covalent network materials, eg silicon carbide (SiC), silicon dioxide (Si0z),
carbon (diamond and graphite) and silicon (Si). Other exceptions are compounds containing
ammonium, eg NH4Cl and NHsNOs. These form ionic compounds. (See Chapter 8.)

EXAMPLE 1 What information is conveyed by the following formulas?

H:0 Since H and O are non-metal elements then H,0 is a molecular compound. It has
(water) two H atoms and one 0 atom in each water molecule. (See Fig 2.)

NHs NHs is a molecular compound (contains non-metal elements only) with one N
(ammonia) atom and three H atoms in each ammonia molecule.

CGHe (Hg is a molecular compound (confains non-metal elements only) with two C
(ethane) atoms and six H atoms in each of its molecules.

SiC Although SiC consists of non-metal elements only it is not a molecular compound.

This particular compound along with a few other exceptions (see notes above)
is a covalent network material. It contains Si and C atoms in a 1:1 ratio.

(silicon carbide)

Most covalent molecular compounds are carbon based (organic). These have a specialised
IUPAC naming system (Chapter 12) and many others have accepted common names. (See
border nate.) Systematic naming uses prefixes such as mono = 1, di = 2, tri = 3, tetra = 4,
penta = 5, hexa = 6 to indicate the number of each atom in one molecule of the compound.
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For oxygen, mon, di, tri, tetr, pent and hex are used. Mono is never used for the first named
element, thus CO is carbon monoxide rather than monocarbon monoxide. The last named
element has the suffix -ide.

EXAMPLE 2 Write systematic names for these molecular compounds.

NO;  Each molecule has one N atom (no prefix) and two O atoms (prefix di) in every molecule of
NO,. Add the suffix ide. Thus the systematic name is nitrogen dioxide.

Each molecule has two N atoms (prefix di) and four 0 atoms (tetr) in every molecule of N;04.
Add the suffix ide. Thus the systematic name is dinitrogen tetroxide.

N204

S03  Each molecule has one S atom (no prefix) and three 0 atoms (prefix tri) in every molecule of
S0s. Add the suffix ide. Thus the systematic name is sulfur trioxide.

4.3 lonic formulas

As a general rule, an ionic compound is formed from a combination of metal and
non-metal elements. (See border note.) These compounds consist of an array of oppositely
charged ions. The lons may be monatomic like Na*, Br, Mg® or N> or they may be
polyatomic like OH", NH; or SOZ”. (See Appendix Table 1 and 2 for ion formulas.) Remember,
anion is an electrically charged atom. Negative ions form when an atom gains one or more
electrons. Positive ions are formed when an atom loses one or more of its electrons.
(See 1.9 p8.) Polyatomic ions are combinations of atoms that behave as a single cluster
with an overall positive or negative charge. (See Fig 4.)

Within an ionic compound the metal element is in the form of a positive ion, an atom that
has lost one or more electrons. The non-metal element is present as a negative ion, an atom
that has gained one or more electrons. (See Fig 3.)

FIGURE 3 lonic substances consist of a

! Book Quiz4.2.

f Attempt Set 5 # 2 and 3.}

Metal or non-metal? Two special cases.
Although the ammonium ion, NH; consists
of non-metal elements only, it behaves like
a metal ion by forming ionic compounds
with non-mefal elements. Thus compounds
like NHaNOs and NH4Cl are ionic even though
they contain non-metal elements only.

Also, hydrogen is a non-metal, so when
combined with other non-metals it forms
covalent molecular compounds not ionic
ones, eg HzS, H2S04, HCL, H3PO4 and HNOs.
Interestingly the formula of these compounds
can be found as if the compound were ionic.

confinuous three-dimensional array
of ions. The ratio of ions depends
upon the ion charges. This simplified

0000009

e8a%e8

@ sodiumion Na*

. chloride ion C"

two-dimensional view shows the
NaCl(s) structure. Its lattice contains
one sodium ion for every one chloride
jon.

2628262

0000000

An ionic formula represents one formula unit of the compound. It shows the simplest
whole number ratio of the ions present in the compound. To write an ionic formula from
the name of a compound:
® Ensure the compound is ionic, that is it confains both metal and non-metal elements in
its formula. (See two special cases above right.)
Write the formula for the positive ion first followed by the negative ion.

-2 ion charge

1 sulfur atom

S0

4 oxygen atoms

FIGURE 4 A polyatomicion is a charged
cluster of fwo or more atoms. The sulfate
polyatomic ion, pictured above, consists of a
cluster of 5 atoms that includes 1 sulfur atom
and 4 oxygen atoms. The ion has a total of

@

® Determine the least number of positive and negative ions that gives a neutral combination.

@ Write these numbers as subscripts to the ions. Remove the ion charges and do not alter
any subscripts already present in the ion formula. Use brackets if a subscript is needed

for a polyatomic ion.

50 electrons, 8 from each of the 0 atoms
(32) plus 16 from the S atom and 2 extra

electrons to give an overall ion charge of -2.

EXAMPLE 3 Determine the ionic formula for each of the following compounds.

sodium sulfide

Step @ Thisis ionic as Na is a metal and
Sis a non-mefal.

Step @ Na* S*

Step ® Two Na* ions and one S* ion
have a charge of 2+ and 2- which
together give a charge of zero.

Step @ NazS

Remove all ion charges. The
formula shows a ratio of two
Na* ions for every one S* ion.

www.lucaspublications.com.au

ammonium chloride

This is ionic as NH, behaves as a
metal ion and Cl is a non-metal.

NH;

One NH, ion and one Cl" ion have
a charge of 1+ and 1- which
together give a charge of zero.

NHaCl

(1) are not used as the polyatomic
ion NHz has no added subscript.
This formula shows a ratio of one
NH, ion for every one Cl” ion.

iron(lll) hydroxide

This is ionic as Fe is a mefal and
Hand O are non-metfals.

Fe** OH

One Fe** ion and three OH" ions
have a charge of 3+ and 3- which
fogether give a charge of zero.

Fe(OH);

() are used as the polyatomicion
OH" has a subscript of 3. The
formula shows a ratio of one Fe**
ion for every three OH" ions.

aluminium sulfate

This is ionic as Al is a metal and
S and O are non-metfals.

AB* s0Z

Two AB* ions and three SOZ ions
have a charge of 6+ and 6-
which gives a net charge of zero.

Alx(S04)3

() are used as the polyatomicion
SO:™ has a subscript of 3. The
formula shows a ratio of two AP*
ions for every three SOZ ions.
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! Book Quiz4.3.)

f Attempt Set 5 # 4,5 and 6. J

Note: Sections identified in this text with an (E)
may be considered an extension to the
Chemistry Course Units 1 and 2. These cover
content considered desirable for developing
a good understanding of the Chemistry
Course Units 1 or 2 or they lead info content
covered later in Chemistry Course Units 3 or
4. Their inclusion is for the convenience of
teachers and students.

FIGURE 5 Water of crystallization consists
of water molecules weakly bonded within
the framework of the crystal structure. This
water is responsible for the colour and
shape of the crystalline form.

The photograph shows a sample of
crystalline copper sulfate. If the crystals are
gently heated the water of crystallisation is
expelled leaving the salt as a white non
crystalline powder.

Ammonia (NHs), ethanoic acid (CH3COOH)
and glucose (C¢H1,0¢) are three common
household substances. Glucose is used as a
sweetener in many food products, ethanoic
acid is the active ingredient in vinegar and
ammonia is found in many floor cleaners.

Note: A is the Ar for the element
multiplied by the number of fimes it appears
in the formula, eg:

3A«(H) inH20 = 2 x A{H) = 2x 1.008 =2.016
3A(H) in CHa = 4 X A((H) = 4x1.008 =4.032
3A:(H) in Al(0H)s =3 xA(H) =3x 1.008 =3.024

fAﬂemp'r Set 5 # 10 and 11.]
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EXAMPLE 4 What information is conveyed by the following formulas?

ZnCl; ZnClz is an ionic compound (Zn is a metal and Cl a non-metal) containing the ions
(zinc chloride) Zn’* and (" in a ratio of one Zn’* ion for every two Cl" ions.

Fe2(S04)3 Fe2(S04)s3 is an ionic compound (Fe is a metal, S and O are non-metals) confaining
(iron(ll) sulfate) the ions Fe** and SOZ” in a ratio of two Fe** ions for every three SOZ” ions.
(NHa)2S (NHa)5S is an ionic compound (NH, behaves as a metal ion and S is a non-metal)

(ammonium sulfide)  containing the ions NH; and S% in a ratio of two NH; ions for every one S ion.

4.4 Hydrated formulas (E, see border note at left.)
Some solid compounds contain water of crystallisation within the crystal structure of the

substance. (See Fig 5.) A hydrated formula shows the number of water molecules per
molecule or formula unit of the compound.

EXAMPLE 5 Determine the formula and name of each compound described below.

Formula Name

(uS04.5H,0

Description

copper sulfate-5-water or
copper sulfate pentahydrate

Copper sulfate with five molecules of H,0
for every formula unit of CuSQs.

H,(;04.2H,0 oxalic acid-2-water or

oxalic acid dihydrate

Oxalic acid containing two molecules of
H.0 for every molecule of H;G0..

{ Book Quiz4.4. J}f Attempt Set 5 # 7.

4.5 Empirical formulas (E, as above.)

An empirical formula shows the simplest whole number ratio of the atoms of each element
in a compound. The empirical formula is found by dividing the subscripts of each element
in the formula by the lowest common denominator (LCD).

EXAMPLE 6 Determine the empirical formula for each of the compounds shown.

Compound Formula Divide by LCD Empirical formula
dinitrogen tetroxide  N,04 +hy 2 NO;

3-octenedioic acid CgH1204 +hy4 GHs0

potassium oxalate K2G04 +hy2 KCO,

glucose CeH1206 +hy6 (H,0

ammonia NHs +hby1 NHs

ethanoic acid (H5COCH +hy2 (H0

! Book Quiz4.5.)Jff Attempt Set 5 # 8 and 9. J

4.6 Percentage composition

The percentage composition of a compound gives the percentage by mass of each element
in the compound. Since a compound has a definite and fixed atomic composition, as shown
by its formula, then its percentage composition by mass is also fixed. Percentage
composition can be found from a compound’s formula (Example 7) or it can be determined
from experimental measurements (Example 9). The percentage composition of water in a
hydrated compound (Example 8) can also be found from its formula.

= Finding percentage composition from a compound’s formula:

3A: for the element in the formula x 100
Ar(compound)

% element in compound =

= Finding percentage composition from experimental measurements:

% element in compound = mass of element in sample x 100
total mass of sample

EXAMPLE 7 Determine the percentage composition of Na,C0s.

one _ SA(Na) X100  2x22.99x100 _ .
#Na = — @) - qms9g 13-38%
oe  SALOX100  12.01x100 _ .
A6 = M(Na,C0s) 710599 ke
Thus Nap(O3 contains 43.38% Na
3A:(0) x 100 3x16.00x 100 23 4
%0 = Arr((N;zC(Jg) = 10599 = 45.29% 11.33% Cand 45.29% 0 by mass.
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EXAMPLE 8 Determine the percentage composition of water in crystalline nickel sulfate-6-water
[NiSQ4.6H0]. (See Fig 6.) (E)
%H20 - iAr(ﬂzO)x 100 i} 6x18.016 x 100

A(NiS04.6H,0) 262.846

Thus NiS04.6H,0 contains 41.12% water by mass.

= 41.12%

f Attempt Set 5 # 12. )

EXAMPLE 9 The percenfage composition of zinc oxide can be found from experimental data. In an
experimental investigation a 7.29 g sample of zinc oxide was dissolved in a nitric acid solution and the zinc
extracted from it by electrolysis. This produced 5.84 g of zinc metal. Using this data determine the
percentage composition of zinc and oxygen in zinc oxide. (E)

m(Zn) x 100 5.84x100 Since the zinc oxide sample has a mass of 7.29 g

%Zn = A O] 79 = 80.1% and contained 5.84 g of zinc.

m(oxygen) = m(compound) - m(zinc)

=7.29-584
=145¢g
m(0) x 100 1.45 x 100
%0 = = = 19.9%
mlzinc oxide] 7.29

Thus experimentally, zinc oxide contains
80.1% Zn and 19.9% 0 by mass.

Since the compound contains Zn and O only then
the total mass of the zinc oxide (7.29 g) gives the
mass of Zn + mass of 0.

Since the zinc oxide sample has a mass of
7.29 g and contains 1.45 g of oxygen.
Alternatively, as the compound contains Zn
and 0 only then the percentage of O may be
found using %0 = 100 - %Zn.

! Book Quiz4.6. Jf complete Set 5. |

( Set 5 Chemical formulas J

1. Give the chemical symbol and formula (where this is different to the symbol) for the
following elements.

e. carbon
f. calcium

g. sodium i. nitrogen
h. oxygen j. chlorine

a. zinc ¢. hydrogen
b. phosphorus d. iron

2. Give the molecular formula for each of the compounds listed. (See rules and common
names p28-29.)

a. water g. hydrogen peroxide m.ammonia

b. hydrogen sulfide h. carbon dioxide n. carbon monoxide

¢. sulfuric acid i. sulfurous acid 0. nitric acid

d. phosphoric acid j. acefic acid p. nitrous acid

e. sulfur dioxide k. nitrogen trichloride g. sulfur trioxide

f. dinitrogen tetroxide [. nitrogen monoxide r. dinitrogen monoxide

3. Give the number of each type of atom in one molecule of each compound. (See Fig 7.)

e. hydrogen sulfate (HzS04)
f. ethanoic acid (CH3COOH)

a. carbon dioxide (C02)
b. ammonia (NH3)

¢. hydrogen sulfide (H.S)
d. propane (CH3CH2CHs)

4. The polyatomic ions hydroxide and ammonium have the respective formulas, OH™ and
NH3. Describe the composition of each of these ions and use this to explain why they
have a net charge.

www.lucaspublications.com.au

FIGURE 6 Blue-green crystals of hydrated
nickel(Il) sulfate, NiSO4.6H:0.

FIGURE 7 Ethanoic acid (acetic acid) is the
active ingredient in vinegar. Its molecules

consist of a cluster of 8 atoms. The space filling
model shows how these atoms are arranged
in a single molecule of ethanoic acid CH3COOH.

carbon atom

oxygen atom

hydrogen atom
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5. Examine these ionic formulas and give the formula for the individual ions present and
the ratio of these ions. See page 247 for the formula and name of common ions.

a. Lid c. Mg0 e. AlS3 g. FeO i. Fea03
b. KMnO4 d. (NH4)2S04  f. Zn(HSO4)2  h. Cr2(S03)3 j. Au(CN)s3

6. Write the ionic formula for each of the following compounds.

a. zinc chloride g. sodium sulfide m. calcium oxide

b. copper(l) bromide h. iron(lll) oxide n. silver sulfate

¢. calcium sulfate i. silver chromate 0. barium hydroxide

d. sodium nitrite j. iron(ll) nitrate p. potassium hydroxide

e. ammonium sulfate k. sodium dichromate g. copper(ll) hydrogensulfate
f. aluminium sulfate [ zinc phosphate r. potassium permanganate

7. The presence of water of crystallisation allows many ionic compounds to be crystalline
and brightly coloured. Use the following description of several of these compounds to
write their hydrated formula. (E)

a. Blue copper(ll) sulfate crystals contain five molecules of water for every formula
unit of copper(ll) sulfate.

b. Iron(lll) chloride is a yellow solid with six molecules of water for every formula unit
of iron(lll) chloride.

c. Green hydrated iron(ll) chloride crystals contain two molecules of water for every
formula unit of iron(ll) chloride.

d. White crystalline zinc nitrate has two molecules of water for every formula unit of
zinc nitrate.

e. Chromium(lll) sulfate has two crystalline forms, each of which has a different colour.
The green form has five molecules of water for every formula unit of chromium(lll)
sulfate while the violet form has fifteen molecules of water for every formula unit
of chromium(lll) sulfate.

8. Write the empirical formula for each of the following substances. (E)

a. The household bleach and antiseptic hydrogen peroxide (H:02).

b. 0zone (03) the substance found in the upper atmosphere and responsible for
absorbing harmful ultra violet light.

¢. Lactic acid (CH3CH(OH)COOH or simply GHe03) an acid involved in many
biochemical processes.

d. Arginine (CsH1sN402) an amino acid essential to living things.

The formula for the ionic salts of organic 9. Examine the elements present in the following compounds and so classify them as
acids like efhanoic acid (CH;CO0H) can be ionic, molecular or covalent network compounds. Use the general rules outlined on

itten with the positi talion at th . .
‘évnr('j ;r”%ve' STaHEDﬁDTﬂE'?ErTnig 'Sg.a ¢ p28-29 and note the exceptions outlined.

silver ethanoate: a. S0z f. H2C:04 k. CO; p. Fe(HSOs);
AgCH-(00 or  CH>(00Ag b. K25 g. CHa . BaC0s 0. CHsCOOH
sodium ethanoate: .
NaCHsC00 or CH3COONa C. NaHSO4 h HC[ m.CaSOll r. SlC

d. Si0z i. ZnS0s3 n. NO

e. NHaCl j. H2S0s 0. AgCH3C00 (See border note at left.)

10. Calculate the percentage composition of each element in the following compounds.

a. methane (CHa) ¢. ammonium sulfate
b. barium nitrate [Ba(NO3)2] d. copper(ll) chloride-2-water

11. Three compounds often used as sources of nitrogen in garden fertilisers are ammonium
sulfate [(NH4)2S04], ammonium nitrate [NHsNOs] and urea [(NH2)2C0]. Which of these
compounds is the most efficient in providing the greatest mass of nitrogen for a given
mass of fertiliser? Explain. [Hint: Consider the %N in each of the fertilisers.]
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12. Determine the percentage composition of water in each of the hydrated compounds. (E)

a. cobalt ethanoate-6-water [Co(CH3C00)2.6H:0]
b. magnesium chromate-6-water

13. The water of crystallisation present in hydrated copper sulfate is quite easily driven off crucible containing
by heating it to around 110 °C. By contrast, copper sulfate itself is quite stable and does hydrated copper sulfate
not decompose unless heated to above 650 °C. In an experiment to find the percentage
of water in a hydrated copper sulfate sample a student carefully weighed a 4.77 g sample
of the hydrated copper sulfate. She added this to a crucible and gently heated the sample
to around 200 °C for ten minutes. (See Fig 8.) After allowing the sample to cool she
re-weighed the crucible and its contents finding it had reduced in weight by 1.67 g.

a. Account for the weight loss of 1.67 g.
b. Determine the percentage of water in the sample of hydrated copper sulfate. (E)

¢. This experimental data shows hydrated copper sulfate contains 35.0% water. The
accepted theoretical value is 36.1% water. What is the error in this experimental FIGURE 8 If the crucible of hydrated copper

result? Express the error as a % of the theoretical value. sulfate is strongly heated if will lose mass as
the water of crystallisation is driven off.

14. Gavin needed to determine by investigation the percentage composition of silver oxide.
While researching the properties of silver oxide he discovered this compound is quite
unstable. When heated to above 230 °C it decomposes forming oxygen gas and solid
silver. With this in mind he carefully weighed a clean empty crucible then added a
sample of silver oxide to it. The crucible was re-weighed with the silver oxide sample
and then strongly heated to around 500 °C for five minutes. After cooling, the crucible
and its contents were re-weighed. His experiment produced the following results.

mass of the empty crucible .......ccoevevveevviieeeiereee, 22.84 ¢
mass of the crucible plus silver oxide .......ccocvevvevvvenrnene, 37.76 8
mass of the crucible plus contents after heating ............. 36.69¢g

a. Determine the mass of silver oxide used in the experiment.

b. Account for the loss of mass when silver oxide is heated?

¢. From the experimental data determine the mass of silver and oxygen in the sample.

d. What is the experimental percentage composition of silver in the silver oxide
sample? (E)

e. Determine the theoretical percentage composition of silver in silver oxide, ie from
the known chemical formula Ag,0?

f. This experimental data shows silver oxide contains 92.83% silver. What is the error
in this procedure for determining the percentage of silver in silver oxide? Express the
error as a % of the theoretical value.

15. A student investigation into the percentage composition of magnesium oxide involved
burning a carefully weighed strip of magnesium ribbon to produce the oxide. The reaction
was carried out in a covered crucible so that the resulting magnesium oxide could be
captured and weighed. The student recorded the following data.

mass of the empty crucible ......cccoovevvviiiiinnnn, 2559 g
mass of the crucible plus magnesium ............... 26.09 g
mass of the crucible plus magnesium oxide ...... 26.36 g

a. Explain why the increase in mass of the crucible during this reaction does not contradict
the law of conservation of mass.

b. Use the student's experimental dafa fo determine the percentage of magnesium in
magnesium oxide? (E)

¢. The chemical formula of magnesium oxide is known to be Mg0. Using this formula,
determine the theoretical percentage of magnesium in magnesium oxide.

d. The student’s experimental data shows magnesium oxide contains 65% magnesium.
What is the error in this procedure for determining the percentage of magnesiumin
magnesium oxide? Express the error as a % of the theoretical value.
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CHAPTER 5 | INVESTIGATING IN CHEMISTRY

FIGURE 1 Norm'’s fiendish napping fish

Observation: Norm has noticed his goldfish
have a very predictable napping behaviour.
They are lazy early in the morning then very
active later the same day.

Question: What is causing my goldfish to
change their activity? Is the water
temperature affecting their activity?

Dependent variable: This is the variable of
interest. In this case it is the goldfish activity.
This is the variable Norm will observe during
his investigation.

Independent variable: This is the factor
Norm thinks is affecting the goldfish activity.
In this case it is the water temperature. This
is the variable Norm will change during his
investigatfion.

Hypothesis: This states how Norm thinks
the dependent variable is affected by the
independent variahle. His hypothesis must
be a testable statement, eg ‘The activity of
my goldfish increases as the water
temperature increases.’

Controlled variables: These are other
variables that are kept constant as Norm
thinks they may influence the results. Light
intensity, noise levels and feeding times are
some examples.

Can Norm find the answer?
He will need to design and conduct an
investigation to find out!

In this investigation Norm must be mindful
of the ethical issues of experimenting with
live specimens, the gold fish.

! Book Quiz5.1.

f Attempt Set 6 # 1.}
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5.1 Designing an investigation

The purpose of an investigation is fo find the answer to a question by using the scientific
method. To do this the question must be stated in the form of a festable hypothesis that clearly
identifies two variables; the dependent and independent, as well as the expected relationship
between these. (See Fig 1 and Example 1.)

EXAMPLE 1 Zoe added some hydrochloric acid solution to powdered sodium carbonate and found the
reaction happened rapidly producing a colourless gas. Riley requested similar equipment from the
laboratory technician and repeated the same experiment. He found his reaction still produced a
colourless gas but very slowly. He couldnt work out why his reaction was so much slower than Zoe’s.
Consider this situation and defermine the question facing Riley. Suggest a hypothesis which could help
answer Riley’s question.

Question: Clearly Riley is uncertain why his reaction was so slow. Something is affecting the reaction speed
(reaction rate) so Riley’s question might be, 'What's affecting the speed (rate) of my reaction?’

A hypothesis should frame the reaction rate as the dependent variable. A number of variables might be
affecting the reaction rate, eg temperature, concenfration, particle size or some other factor. One of these
or some other variable would be framed as the independent variable that affects rate.

Hypothesis 1 ‘The rate of reaction between This hypothesis identifies rate as the dependent
hydrochloric acid and sodium carbonate increases as variable and temperature as the independent
the temperature of the reacting mixture increases.’ variable causing the change in reaction rate.

Hypothesis 2 ‘The rate of reaction between Here the hypothesis identifies particle size as
hydrochloric acid and sodium carbonate depends being the independent variable that causes the
upon the particle size of the sodium carbonate.’ change in reaction rate.

Hypothesis 3 ‘The rate of reaction between In this hypothesis concentration is the independent
hydrochloric acid and sodium carbonate is directly ~ variable. It clearly states the expected relationship
proportional fo the concentration of acid.’ between concentration and rate of reaction.

An investigation is then designed so that it can provide data (observations) that will support
or refute the hypothesis, thus helping to answer the original question. The following steps
can be used as a guide when designing your own chemistry investigation.

= Question: Clarify the question you want to investigate. What are you trying to find the
answer to?

Hypothesis: From your question formulate a hypothesis. This identifies the dependent
and independent variables. It states how the dependent variable is affected by the
independent variable.

Controlled variables: Identify any other variables that could affect the result. Decide how
you will keep these variables constant during your investigation.

Method: Decide how you will change the independent variable while keeping the
controlled variables constant. What observations need to be made? These observations
either directly record the values of the dependent and independent variables or they allow
their values to be calculated.

Design: Determine your procedure and the equipment and materials required.

Research ethics: Consider possible ethical issues arising from your intended investigation.
Risk assessment: Conduct a risk assessment. You will need to consider the potential
chemical hazards associated with the materials and equipment you are using by referring
to relevant SDSs. Use appropriate safety procedures or modify your methaod.

Perform: Carry out your investigation, collect and record data.

Data analysis: Present your data in tabular or graphical form so that the relationship
between the dependent and independent variable is clear. You may need fo process your
data to obtain values for the dependent and independent variables.

Conclusion: With reference to the datfa or processed data make a conclusion regarding
the validity of the hypothesis. In doing so, keep in mind the reliability of your data.
Reflect: You should consider weaknesses in the investigation and how these might be
avoided. Does your investigation present new questions? Reflecting may lead to new or
improved investigations.

= Report: A written report informs others and enables them to evaluate your findings.
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5.2 Assessing the risk

Making a risk assessment of your intended investigation is an important process that
requires a careful consideration of the potential hazards. As part of the process you need
to assess the possible hazards posed by each of the chemical substances involved in your
investigation, reactants as well as products. This is done by referring to Safety Data Sheets
(SDSs, previously Material Safety Data Sheets) specific to each of the substances involved.
SDSs are available in all school laboratories and can also be found online. The equipment
you are planning o use can also present safety issues. In this regard you must find out
about the standard handling procedures for that equipment and any hazards associated
with ifs use.

Having deftermined the potential hazards presented by the substances and equipment
involved in your investigation you are in a position fo assess the overall level of risk posed
by vyour investigation. Typically this can be assessed as being low, medium, high or
extreme. If the risk is considered low, then with the usual teacher supervision you would
proceed with your investigation. A moderate risk will require control measures to be put
in place. This may require the use of specific safety equipment or changes to your reagents
or procedure that reduce the assessed risk to a low level. Investigations that pose high or
extreme risk will need to be reconsidered.

( Set 6 Investigating

1 Agroup of chemistry students proposed several hypotheses that they might investigate.
Read these and answer the questions that follow.

Hypothesis 1 ‘The solubility of salt in water changes when the water temperature
changes.’

Hypothesis 2 “When dry ice (Fig 2) is used to inflate a balloon the final volume of the
balloon is directly proportional to the mass of dry ice placed info the
balloon.’

Hypothesis 3 “When zinc dissolves in hydrochloric acid the volume of hydrogen gas
produced increases in direct proportion to the mass of zinc used.’

Hypothesis 4 ‘The chemical reaction of any metal element with sulfuric acid always
produces hydrogen gas.’

a. For each of these determine the dependent and independent variable.

b. According to Hypothesis 4, what should be produced when iron nails are added fo a
sulfuric acid solution?

¢. According to Hypothesis 2, what should happen to the inflated volume of a balloon
when the mass of dry ice added to it is doubled?

d. One of these hypotheses does not clearly indicate how the dependent variable
changes when the independent variable is altered. Rewrite this hypothesis so that it
does clearly indicate what change to expect in the dependent variable.

2 The students who wrote the hypotheses in Question 1 decided fo proceed with an
investigation for Hypothesis 3, ie ‘When zinc dissolves in hydrochloric acid the velume
of hydrogen gas produced increases in direct proportion to the mass of zinc used.’
Answer the following regarding their planned investigation.

a. What chemical substances will be involved in their investigation? Refer to the SDSs
for these substances and decide if they pose any hazards and if so what control
measures could be put in place to minimise the risk.

b. What data should the students record in order fo test their hypothesis?

¢. The students decided to present their data graphically. How would their graph
appear if it was to support their hypothesis? Sketch the appearance of the graph and
label the axis and unifs. No scale is needed.

www.lucaspublications.com.au

! Book Quiz5.2.)
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FIGURE 2 Dry ice is the common name for
solid carbon dioxide. It is a peculiar
substance as it sublimes (at -78 °C) when
changing phase. This means it converts
directly from a solid to a gas without
producing a liquid phase. So dry ice remains
dry as it ‘melts’. This can make it a handy
coolant for food and beverages.

Care should be exercised when handling dry
ice as its low temperature (less than -78 °C)
means it will cause skin burns similar fo
touching a very hot object.

If using dry ice in a confined space provide
adequate ventilation. Although C02(g) is not
toxic, if large volumes are formed then room
air may be replaced with COz(g) leading to
asphyxiation due to lack of oxygen.
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FIGURE 3 Measuring the temperature of a
boiling liquid gives its boiling point.

fhermometer

low g high
femperature

Note: Solute concentration can be found
using:
mass of solute

concentfration = ————————
volume of solution

The rate of formation of a substance in a
chemical reaction can be calculated using:
amount produced
rate = —————
fime faken
Rate can be expressed in a variety of units,
for example:
moles per second........ mols™
grams per second ....... gs’

millilitres per second..mL s’

crucible originally contains
NaHCOs(s)

FIGURE 4 As the crucible with NaHCOs(s) is
strongly heated its contents decompose
leaving behind only Na2C0s(s). The other
products, C02(g) and H20(g) escape from the
crucible.
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3

Darshan and Ben learnt in their chemistry class that when substances like salt or sugar
dissolve in water they cause the boiling point of the resulting solution to be higher than
that of the original pure water. The increase in boiling point is known as the boiling
point elevation. They wondered if a clear relationship might exist between the solute
concentration (see border note) and the size of the boiling point elevation. To
investigate their ideas further they formulated a hypothesis that could be tested and
might provide the answer to their question. (See Fig 3.)

a. What should they choose as the dependent variable in their hypothesis?

b. What should they choose as the independent variable in their hypothesis? This is the
variable that will be altered in the investigation.

¢. Write a suitable hypothesis for the question they are seeking to answer.
d. What are some of the controlled variables they should keep constant?

e. Briefly describe a method they could use in conducting an investigation that would
provide data for the dependent and independent variables.

f. What are some of the hazards and safety measures that might be considered in this
investigation. You may assume the group chose salt (NaCl) as its solute.

Natalie and Jayzii conducted some chemical tests adding strips of magnesium metal to
various hydrochloric acid solutions. The reaction as you would expect produces
considerable bubbling and fizzing as the gas hydrogen is formed. They were puzzled
however, by the rate of reaction, ie its speed, (see border note) which varied from
moderate to very fast. They decided fo investigate to find out what was affecting the
rate of formation of hydrogen gas.

a. What is the dependent variable in their planned investigation?

b. Suggest four possible independent variables that they might investigate. These are the
variables that they think might be affecting the rate of formation of hydrogen gas.

c. Consider your answer to (a) and (b) above and write an hypothesis for their
investigation.

d. In the light of your suggested hypothesis what other variables should be kept
constant in your investigation? These are any other factors, other than the
independent variable you think might affect the rate of formation of hydrogen gas or
any of their measurements.

e. In this investigation Natalie and Jayzii will need to know the rate of formation of
hydrogen gas. \WWhat tfwo measurements will they need to make in order fo calculate
this? (See border note.)

f. Suggest how they could make the necessary measurements that would allow them
to calculate the rate of formation of hydrogen gas.

Two students investigated the hypothesis, ‘When sodium hydrogen carbonate is
heated it decomposes such that the molar amount of sodium carbonate produced
is half the molar amount of sodium hydrogen carbonate that was decomposed.’
They conducted several experiments with different masses of NaHC0Os(s) and measured
the mass of Na2C0s(s) that was produced. Their apparatus is shown in Fig 4. The results
they obtained for each experiment included:

= the mass of the empty crucible

= the mass of the crucible with NaHCOs(s) before heating

= the mass of the crucible with the reaction product Na»C0Os(s) after heating.
a. What are the independent and dependent variables in their investigation?

b. How should they process their data in order to obtain information about the dependent
and independent variables?

. Construct a table that would be suitable for recording their data. Include headings
for any processed data that will need fo be calculated and tabulated.

d. What should they graph in order to see if their hypothesis is valid?
e. How would their graph look if it did support their hypothesis?
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6 A student wanting fo investigate combustion reactions decided to explore the operation
of a Bunsen burner. (See Fig 5.) He was quite sure that the temperature of a Bunsen The rotating
flame was affected by the amount of air that mixed with the fuel as it travelled up the collar has 4

barrel of the Bunsen. He hypothesised, ‘The temperature of a Bunsen flame increases g'nr leﬁs’sée
in direct proportion to the area of the air hole opening at the base of the Bunsen.’ of the barrel.

To test this hypothesis he made several aluminium foil covers with fixed diameter
circular openings. These fit over the fully open Bunsen air holes so that the opening size
can be controlled and measured. With the four Bunsen air holes fully open the smallest FIGURE 5 Heaf produced from a Bunsen
diameter foil covers were then taped over the air holes. The gas was turned on and the burner comes from the combustion of the

- . . ) ) fuel natural gas (essentially methane, CHa).
flame ignited. A high temperature thermistor placed in the Bunsen flame gave its 0n this Bunsen a rotating collar surrounding
temperature. The procedure was repeated using progressively larger diameter openings the four air holes can be adjusfed fo vary
for the Bunsen air holes. The following data was collected. fhe amount of air mixing with the fuel.

Diameter of each Bunsen | Total opening area of four | Flame temperature
air hole opening (mm) Bunsen air holes (mm?) (°0

0 (fully closed air hole) 650

1.0 670

1.5 690

3.0 800

4.5 1000

6.0 1200

7.5 (fully open air hole) 1300

a. What are the independent and dependent variables in this investigation?

b. What are four other variables that the student should be careful to keep constant
during the investigation?

. Process this data in order to determine the values of the independent variable. This
particular Bunsen has four identical air holes. Assume the air hole openings are circular.

d. Graph this data and use it o draw a conclusion regarding the hypothesis.

7 Mitch had learnt in his chemistry class that pure water is a very poor conductor of
electricity but when common table salt (NaCl) dissolved in it the solution formed would
be quite a good conductor. He wondered if the amount of salt dissolved or indeed the
type of salt used might have an effect on the degree of conductivity.

a. Clearly identify the dependent variable and the two possible independent variables
referred to by Mitch.
b. Write two hypotheses that relate to Mitch’s question.

¢. Choose one of your two hypotheses and describe a method you could use for an
investigation into your hypothesis. You should indicate what apparatus you will need,
the technique used and any measurements you will take. You should make specific
reference to any controlled variables and the method used to keep these constant.

d. Briefly outline how you would process or present your data in order to determine
the validity of your hypothesis.
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FIGURE 6 According to the Australian mint, an

Australian $1 coin has a nominal mass of 9.00 g.

EXAMPLE 2 A student exercise involved
measuring the mass of the same $1 coin.
According to the Australian Mint, this has a
nominal mass of 9.00 g. Different groups
of students made measurements using
different balances. Their results are shown
below. Comment on the precision and
accuracy of their results.

Group Mass (g) Average
1 8.97, 9.02, 9.01, 897 8.99g
2 8.67, 8.65, 8.65, 867 8.66g
3 8.75, 7.98, 9.55, 8.81 8.77¢g

ANSWER:

Group 1 results are precise, ie agree
closely and accurate, ie close to the Mint’s
own accepted value of 9.00 g.

Group 2 measurements are inaccurate
(noft close to the accepted value) but
precise (values agree closely).

Group 3 results are inaccurate and
imprecise.

! Book Quiz5.3.)

f Attempt Set 7 # 1.

FIGURE 7 The last digit of a digital display
has some uncertainty, you will sometimes
see the value of this digit fluctuate.

The measurement shown here is written as
20.50 g rather than 20.5 g. Recording the
zero better reflects the precision offered by
the instrument.
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5.3 Errors in numerical measurements

Investigations in chemistry always involve making and recording observations. Sometimes
these are qualitative, ie they involve a written description such as the colour of a precipitate
or the odour of a gas. Other observations involve a numeric measurement such as the mass
of a reagent or the temperature of a reaction. These are quantitative observations. While
quantitative measurements may appear more convincing and authoritative than qualitative
ones it is very important to realise that numeric measurements always contain some degree
of error, sometimes referred to as uncertainty.

Accuracy and precision are two different aspects of the error (uncertainty) in a measured
value. (See Fig 6 and Example 2.) The closer a measured value is to the true or actual value,
the more accurate it is. In Example 2, the measurements from Group 1 are quite accurate
while those of Group 2 and 3 are inaccurate (assuming the coins mass is 9.00 g). Precision
can be seen in a set of measurements that agree very closely, ie the measurements are spread
over a narrow range of values. In Example 2, the measurements from Group 1 and 2 are
equally precise (small range) but those of Group 3 are imprecise, ie there is a wide range
of values. It is possible for a set of measurements to be precise (small range) but inaccurate,
(not close to the accepted value) eg as seen in the measurements from Group 2.

The degree of precision and accuracy in a measurement depends upon the presence of two
types of error, random error and systematic error. A systematic error may cause results to
be consistently lower or consistently higher than the actual value. In Example 2, Group 2
results contain a systematic error. This could happen, for example, if the balance is in error
giving consistently low values, ie it may need to be recalibrated or the students have
forgotten to zero the balance or due to some consistent error with their technique.

Random errors, however, cause inconsistent results, ie some high and some low results.
Random errors could be due to limitations in the balance (see 5.4), vibrations caused by
people moving near or leaning on the bench or drafts near the balance or other
environmental effects.

In a well designed and conducted investigation it may be possible to eliminate systematic
error by using correct technique and properly calibrated instruments. However random
error can be reduced but never eliminated. Even the accurate and precise results of Group 1
contain some random error, ie some values are a little high and some are a little low.

The effect of random error can be minimised by taking many measurements and averaging
the result. This works, as in a large set of measurements for the same quantity there will
be some randomly high results and some equally low results. Averaging tends to cancel
these out leaving a more reliable answer. Occasionally a set of data contains a single result
that is significantly different to the others or to the average, this is called an anomaly or
outlier. The outlier should be eliminated from the averaging process. Outliers become most
obvious when the data is graphed as these data points lie far from the line of best fit.

5.4 Making and recording measurements

The uncertainty (error) in a measurement depends upon the instrument itself, the
procedure used and skill of the experimenter as well as environmental conditions under
which the measurements are made (eg temperature, drafts or random vibrations). While
it is possible to minimise some of these effects, a limiting factor is the precision offered by
the instrument itself, ie the results can be no more precise than the instrument will allow.

When recording a measurement it is important to show the precision offered by the
instrument used to make that measurement. To do this, all digits that are known with
certainty are written, as well as a final digit which has some uncertainty. When recording
a measurement from a digital display it is important to record all digits even if these are
zeros at the end of a number. (See Fig 7.) Doing this carrectly reflects the precision offered
by the particular instrument used. When taking a reading from an instrument that has a
scale, it is appropriate to read the scale to within at least half the smallest scale division.
(See Fig 8.) If the scale divisions are large enough, you may reasonably estimate up to a
tenth of one division but no more than this.
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FIGURE 8 The smallest divisions on this scale
are 1 mL. It is reasonable to read it to within
0.5 ml, ie half the smallest division. As the b=
divisions are quite large you may choose to =
measure to within 0.1 ml, ie 1/10™ the =
smallest division. Thus, af best the volume in =
this measuring cylinder could be recorded as =

read this scale
from the
bottom of the
meniscus.

33.7 mL or 33.8 mL. The last digit is known to
have some uncertainty. It is not appropriate
to record 33.75 mL as this indicates a higher
precision than is available from this scale.

=

Every digit in a measurement, including the final uncertain one is a significant figure. The
more significant figures there are in a measurement, the greater the precision. (See
Example 3.) Table 1 shows the typical precision offered by some measuring cylinders.

Sometimes the inherent random error present in the measurements from an instrument are
expressed as a plus or minus, = amount. This indicates the actual measured amount could
be higher or lower than the recorded value by the + amount. (See Table 1.) For instruments
with a scale the random error is usually  half the smallest scale division, for a digital display
instrument it is + half the value of the last digit displayed. As well as quoting the random
error, all measuring cylinders also quote a temperature, usually 20 °C, at which the
measurements should be made. If the measuring temperature varies significantly from this
then a systematic error will be infroduced into the measurements. Random errors are
minimised by using the most precise instrument that is practical for the task. (See Fig 9.)

TABLE 1 Random error and recording measurements for a variety of measuring cylinders

Measuring  Smallest Random Measurement examples
cylinder scale errorast  ysing significant Including + random error
division figures only

10mL 0.1 mL +0.05 mL 3.45 mL 3.45mL+0.05mL (ie 3.40-3.50 mL)
7.80 mL 7.80 mL+0.05mL (ie 7.75-7.85 mL)
50 mL 1 mL +0.5mL 15.5 mL 155 mL+05mL (e 15.0-16.0 mL)
42.5 mL 425mL+05mL (e 42.0-43.0 mL)
250 mL 2 mL +1mL 153 mL 153 mL+1mL (ie 152-154 mL)
227 mL 227 mL£1mL (ie 226-228 mL)

EXAMPLE 3 A student used three different digital mass balances to measure the mass of the same
zinc granule. The values she recorded were 20.670 g, 20.7 g and 21 g. Comment on the precision
and + random error in each of the balances used.

Measurement Comment

20.670 g The recorded mass has five significant figures and so is the most precise measurement.
The balance used is capable of measuring to one thousandth of a gram and has a random
error of + 0.0005 g, ie half the value of the last displayed digit.

20.7 g The recorded mass has three significant figures. This balance is capable of measuring fo one
fenth of a gram with a random error of + 0.05 g.

21g The recorded mass has two significant figures and is the least precise result. The balance

can read o 1 g and has a random error of £ 0.5 g.

5.5 Processing data and significant figures

When processing data from an investigation it is important to be aware of the number of

significant figures in the measurements being processed. The following rules are used to

count the number of significant figures (SF) in a measurement:

® All non-zero digits are significant, eg 7.92 (three SF). (See border note at right.)

@ Zeros between two significant digits are significant, eg 60.3 (three SF), 9.0002 (five SF).

® Zeros before the first non-zero digit are not significant, eg 0.35 (two SF), 0.009217
(four SF).

@ Zeros at the end of a number and after the decimal point are significant, eg 3.500
(four SF), 0.0710 (three SF).

® Zeros at the end of a number and hefore the decimal point are not significant unless
otherwise indicated, eg 3500 (two SF). If these zeros are significant then scientific

notation can be used to show this, eg 3.500 x 10* (four SF), 3.50 x 10* (three SF) or
3.5 x 10* (two SF).
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FIGURE 9 Scale division size and hence the
random error varies with the size of a
measuring cylinder. Typically, larger
cylinders have larger scale divisions and
hence larger random errors.

To minimise random errors in experimental
wark, choose the most precise instrument
that is practical for the task. When
measuring volumes of 10 mL or less use a
10 mL measuring cylinder, not a 50 mL or
250 mL cylinder as these have a greater
inherent random error. Only use larger
cylinders as appropriate, eg for measuring 30
mL, a 50 mL measuring cylinder may be
suitable but not a 10 mL or 250 mL
measuring cylinder.

Notice the reference temperature, 20 °C and
random error, £

graduations) shown on this 50 mL cylinder.

! Book Quiz5.4.)

f Attempt Set 7 # 2 and 3.

Zeros!

The non-zero digits in a measurement are
always significant but zeros may be
significant.

Key: significant zero’s........
not significant zero’s

100819.504........... @

0.

0. ®
181954.0............... @
181954.000........... @
1819540................ ®
181954000............ O]
181954.0............... @

181954000.0......... @and ®
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Exact numbers are those which contain no
uncertainty. Some examples include the
number of protons in an oxygen nucleus is
exactly 8, the coefficients of a balanced
equation or the subscripts in a formula.

f Attempt Set 7 # 4,5 and 6.}

Important note to students:

The Current SCASA year 12 Examination
design brief for use in 2016 refers to the use
of significant figures in the following way.
‘Numerical answers should be expressed fo
the appropriate number of significant
figures and include units where applicable.
Students would be advised to check the
current requirements regarding numeric
answers and significant figures closer to the
fime of their examination.

.

f Attempt Set 7 # 7.}

! Book Quiz5.5.

f(omplefe Set 7.]

40 Chapter5

EXAMPLE 4 How many significant figures are present in each of the following volume measurements?

7.08 x 10°> mL three significant figures see rule @ and @
7.800 x 10° mL four significant figures see rule @ and @
7.0800 x 10° mL five significant figures see rule ®, @ and @
0.758 mL three significant figures see rule ® and ®
0.0708 mL three significant figures see rule ®, @ and ®
780 mL two significant figures see rule ® and ®

Data collected in an investigation often needs to be processed in order to calculate the value
of some variable of interest. When this is done, the calculated result must not be more
precise than the measured data used to calculate it. For a calculation that requires
multiplication or division, the answer is given with as many significant figures as the
measurement with the least number of significant figures.

EXAMPLE 5 Evaluate the following and give the answer to the correct number of significant figures.

a. 1.498g+6.2x10"L
=2.416129 g L
=24gl

This calculation involves division so the answer only has as many SF as
the number with the least SF. As 6.2 x 107" L has the least SF (two) so
the answer is rounded to two significant figures even though 1.498 g
has four SF.

b. 1.04 gx 7.000
12.01 g mol™
=0.6061615
=0.606 mol (3SF)

This calculation involves multiplication and division so the answer only
has as many SF as the number with the least SF. As 1.04 g has the least
SF (three) so the answer is rounded to three significant figures even
though 7.000 and 12.01 both have four SF.

Sometimes a calculation will require addition or subtraction of data values. In this case,
the answer is quoted with as many decimal places as the measurement with the least
number of decimal places. When counting decimal places, the measurements must be
expressed with the same powers of ten. See Example 6.

EXAMPLE 6 Evaluate the following and quote the answer to the correct number of decimal places (DP).

a. 1.49x10°g+6.2¢g This calculation involves addition so the answer only has as many DP as

=149g+6.2¢ the number with the least DP. As the measurement 1.49 x 10 g has the
= 155.2 least decimal places (nil) when written fo the same powers of ten as
=155g (0 DP) 6.2,ie 1.49 x 10% g becomes 149 g so the answer has nil decimal places.

b. 7.5530x10°L - 6.790 L
= 7553.0L - 6.790 L
= 7546.21L
= 7546.2L (1DP)

This calculation involves subtraction so the answer only has as many DP
as the number with the least DP. Using the same powers of ten, the
numbers are 7553.0 and 6.790. Thus 7553.0 has the least decimal
places (one, when expressed with the same powers of ten) so the
answer is rounded to one decimal place.
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’ Set 7 Measurement errors and significant figures ,

1.

A group of chemistry students conducted an investigation info the density of distilled water
at 20 °C. To do this they needed to know the mass and volume of a sample of water to
calculate its density using, density = mass + volume. (See border note.) Their research had
shown the density of water at 20 °C should be 1.00 g mL™.

Their procedure involved measuring 25.0 mL of water with a 50 mL measuring cylinder then
pouring this info a preweighed 100 mL beaker. They reweighed the beaker + water and
used this data to calculate the density of water. The measurements were repeated several
times, drying and reweighing the beaker each time. See the table below.

Trial Volumeof Massof empty Mass of beaker + water  Massof  Density of water
water (mL) beaker (g) (g) water (g) (gmL")
1 25.0 45.8 701
2 25.0 45.8 70.0
3 25.0 45.8 70.2
4 25.0 45.8 67.9
5 25.0 45.8 69.9
6 25.0 45.8 701

a. Complete the table and determine the density of water for each frial.

b. With the exception of Trial 4, would you describe the measurements for the mass of the
heaker + water as precise or accurate, both or neither? Explain.

c. The density of water at 20 °Cis 1.00 g mL™" and so a 25.0 mL sample of water would
be expected to have a mass of 25.0 g. With this in mind, refer to the students’ results
and use these to show your understanding of outlier, random error and systematic
error.

d. When the students determined their density for water they used an average of all the
results with the exception of Trial 4. Why does averaging the results give a more reliable
answer and why were they justified in eliminating Trial 4? In your answer you should
refer to outliers as well as random and systematic errors.

e. All school laboratories have standard masses, such as 10.00 g, 50.00 g and so on, that
can be used for checking the calibration of a mass balance. Describe how the students
could use these to check the calibration of their balance.

f. Apart from Trial 4, all of their results are a little low. This suggests a systematic error is
causing the problem. Describe how their technigue for measuring volume could be a
source of this systematic error.

g. Suggest two possible causes of the rather large random error in Trial 4.

A student investigation involved measuring the temperature of some boiling water in
a beaker as it slowly cooled fo room temperature over a 10 minute period. The diagram
at right (Fig 10) shows the appearance of the apparatus.

a. Students in the same group recorded the temperature shown in Fig 10 as 78 °C,
78.5 °C, 78.50 °C and 79 °C. Which of these is the most appropriate way to record
the tfemperature shown? Explain.

b. In one group, the student responsible for measuring temperature, had a habit of
removing the thermometer from the water (for ease of reading) before reading the
temperature. What effect if any would this have on the temperature measurements
and what sort of error is it?

¢. How would the size of this error in part (b) change as the cooling water reached
room temperature?

d. On graphing their results for the cooling water it became obvious that one of the
temperature measurements did not fit the cooling trend. This data point was a long
way off the line of best fit. What type of error was this and how should they deal
with it?

www.lucaspublications.com.au

The density of a material compares its mass
fo its volume. Essentially it describes how
heavy a material is for it size. For this reason
substances like gold that are very dense
(19.3 g mL™") feel heavy while substances like
air that have a low density (0.00127 g mL™)
feel light. (When comparing same size
samples.)

Density is calculated as follows:

mass
volume

density =

FIGURE 10 Monitoring the temperature of
some hot water as it cools. An enlarged
section of the thermometer’s temperature
scale is shown.

thermometer .-
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FIGURE 11 The digital display for the mass
balance in Question 3.

When rounding a number, if the leffmost
digit to be deleted is:

greater than 5 then increase the final
remaining digit by 1.

less than 5 then the final remaining digit
is unchanged.

equal to 5 then increase the final
remaining digit by 1.

eg: The following are rounded to 2 SF.
6.54 becomes 6.5
6.55 Dbecomes 6.6
6.56 Dbecomes 6.6

Scientific notation is a convenient way of
expressing large or small numbers. It
expresses the number as a product of a
number between one and ten and a power
of ten, eg:

Avogadro’s number 6.02 x 102
1.67x10%g
thickness of a page 2.1x10°m

mass of a proton

42 C(hapter5

3.

5.

During a laboratory assessment a student was given the task of experimentally
determining the amount of water of crystallisation present in some oxalic acid crystals.
The crystals have a known formula of H2€204.2H20, which means they should contain
14.3% by mass H,0. To measure this value the student weighed a sample of the crystals,
(H2C204.2H20) into a preweighed crucible. The crucible and crystals were heated for
three minutes to expel the water of crystallisation thus forming anhydrous oxalic acid
(H2C204). After cooling, the crucible and its remaining contents were reweighed. The
student’s results are shown here.

mass of empty crucible.....ooovveveiveccieee, 21.05 g
mass of crucible + H2(04.2H20......ccoviveinennnn. 2410 ¢g
mass of crucible + H.C204 (ie after heating)....... 23.80

a. Fig 11 shows how the crystals are weighed after heating. It is not appropriate to
record this mass as 23.8 g. What should be recorded? Explain.

b. According fo the student’s results, the oxalic acid crystals contain only 9.83% water.
This is much lower than the expected 14.3% and was a result of insufficient heating,
ie the crystals hadn’t lost all of their water of crystallisation. What type of error is
this? Explain.

¢. The student decides fo repeat the investigation several fimes using the same
technique as described above. He intends to average the repeat values in the hope
of getting a final result closer to what is expected. Would this produce a result closer
to the expected value of 14.3%? Explain.

d. Before weighing the crucible it must be allowed to cool down inside a desiccator.
What is a desiccator and why shouldn’t hot objects be weighed on an electronic
balance? (Apart from possibly causing damage to the balance.)

How many significant figures are shown in each of the following measurements?

a. 57.81mL d. 400 kPa g. 6.6x10°kPa j. 0.4°C
b. 10.1Pa e. 6250 L h. 1000.0 Pa k. 0.0032 g
¢ 4.04x10"mg f. 1000 g i. 0.09000 kg . 1.00110 x 10° Pa

Round the following numbers to the number of significant figures (SF) indicated. (See
border note.)

a. 0.7875 (3 SF)
b. 257814 (3 SF)
¢. 0.01252 (3 SF)

d. 4.043549 (5 SF) g. 361.2 (1SF)
e. 10.65 (2 SF) h. 2.00031x 10 (4 SF)
f. 6.250557 x 10° (5 SF) i. 6.650x10°(2SF)

Convert the following measurements to the units indicated. Express answers in
scientific notation and with the appropriate number of significant figures (See
appendix p248 relating common units.)

a. 6.59kLtoL e. 78631 PatokPa i
b. 4.990 L to mL f. 1499 mgtog j.
€. 3.72x10°mLtoL g. 2.266 MPa to kPa k. 356.9°CtoK
d. 989.27 MPa to Pa h. 7.62 atm fo kPa . 775Kto°C

7.25 tonne to kg
3.4tonnetog
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7.

10.

11.

12.

13.

A student needs to process her experimental data as shown in the following examples.
Evaluate these and express your answer to the correct number of significant figures.

a. 265.3x0.16

b. 3.8265
0.07250
¢ 1.350x10°x 350
0.59962
d. 9.379x10°x 3.50
0.59962 x 17.008

Some experimental measurements are processed as shown here. Evaluate these and
round your answer to the correct number of significant figures.

a. 3.042+1921

b. 0.08193 +0.0032

¢ 1.731x10%+3.296 x 10°

d. 192.1-3.042

e. 8.192x10°-7.791 x 10*

Process the following experimental data and round your answer to the correct number
of significant figures. Take care as these calculations involve both addition and
multiplication. (Note: Complete the addition or subtraction first, evaluate the number
of significant figures in the result and then complete the calculation.)

a. 4.64x107+14.592 b. 7.332x10%-21
0.3766 x 6.312 9.728 x 3.4741

A student investigating the effect of the surface area of zinc granules on its reaction
rate with hydrochloric acid counts out exactly 12 zinc granules. What is the total surface
area of the twelve zinc granules if the average zinc granule is estimated fo have a
surface area of:

a. 1x10%>mm? b. 1.0 x 10 mm?

You are designing an investigation that requires you to carefully measure out 5.0 mL of
a hydrochloric acid solution and 95 mL of distilled water. You have at your disposal
several measuring cylinders: 10 mL, 50 mL, 100 mL and 250 mL. What measuring
cylinder(s) would you use? Justify your choice in terms of minimising error.

A student’s investigation requires him to find the average mass of a single drop of water.
To do this he uses a pipette to add exactly 20 drops of water to a beaker. He finds the
beaker’s mass increased by 1.059 g as a result of the added water. What value can he
reasonably quote for the average mass of a single drop of water?

In order to dilute some sulfuric acid, Michelle measured 35 mL of distilled water using
a 250 mL measuring cylinder. Then using a 10 mL measuring cylinder (a more precise
instrument) she added 6.55 mL of concentrated sulfuric acid to the same conical flask.
As part of her data processing Michelle needed to add these volumes.

a. What value can Michelle reasonably quote for the combined volume of distilled
water and sulfuric acid? Assume the two volumes are additive.

b. What can Michelle do to obtain a more precise final result?

www.lucaspublications.com.au
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CHAPTER 6 | CHEMICAL EQUATIONS

X7

S T L R S TG R

S < !
NH3)2Cr207(s) " —> " Cr203(s) + 4H20(g) + N>(g)

6.1 Chemical change

During a chemical reaction substances known as reactants disappear over
fime to be replaced by chemically different substances known as products.
When this happens the fotal mass and number of each type of atom present
is unchanged but the way in which the various atoms are bonded does change.

A chemical change is summarised using a chemical equation. It shows the
chemical formula of the reactants and products and has an arrow, — pointing
towards the products. A plus sign (+) separates each substance in the equation.

Sometimes reactions cannot go to completion. This happens when the reaction
products are able to recombine to reform the original reactants. This situation
is shown using a double arrow, =

reaction meaning both forward and reverse reactions are occurring.

FIGURE 11 The decomposition of ammonium dichromate, * Book Quiz6.1@ lucaspublicaﬁons.com.au.J fAﬂempt Set 8 # 1.}
(NHa4)2Cr207 (orange-red crystals, top left) is a spectacular

exothermic chemical reaction producing plumes of dark

green chromium(lll) oxide (bottom right), large amounts of

water vapour, nitfrogen gas and considerable heat.

Coefficients written in front of a formula
apply to each atom or ion in that formula.

2H.0 = 4H + 20 afoms
4N;04 = 8N + 160 atoms

3HNOs = 3H + 3N + 90 atoms
or = 3H" + 3NOjions

2Ca(NOs); = 2Ca + 4N + 120 afoms
or = 2(a’ + 4NQ;ions

3Fex(S0s)3 = BFe + 9S + 360 atoms
or = 6Fe* + 9507 ions

! Book Quiz6.2. )

f Attempt Set 8 # 2, 3, and 4. )
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6.2 Balancing chemical equations

In a balanced chemical equation numbers called coefficients are written in
front of each formula. (See border note.) Coefficients are used to ensure there
are equal numbers of atoms of each element on both the reactant and product
side of the equation, ie ensuring conservation of mass.

To write a balanced chemical equation:

@
formula of products (separated by a + sign) to the right of the arrow.

@
each type of atom on either side of the equation. (See border note.) Priority is to first
balance any atoms that appear in only one formula on each side of the equation.

©) (s), (1, (g) or (ag) to show the physical state of each substance.

EXAMPLE 1 A student dropped a solid piece of aluminium carbonate into a beaker of nitric acid
solution. The solid fizzed and dissolved producing an aluminium nitrate solution, liquid water and
carbon dioxide gas. Write a balanced chemical equation for this reaction.

S’fep@ Alz(C03)3 + HNO; — AI(N03)3 + (0, + H,0

The reactants are aluminium carbonate, Al>(C0Os3)s and nitric acid, HNOs. These substances are written first
followed by an arrow pointing fo the products aluminium nitrate [Al(NG3)s], carbon dioxide [CO,] and
water [H;0]. Ensure all formulas are correct.

Step®@  Al(COs3); + 6HNOs — 2AI(NOs)s + 3C0; + 3H,0

Alis balanced first [2AI(NOs)5] as it appears in only two formulas. N is balanced next as it is now fixed at
6N on the product side [2AI(NOs)3] and also appears in two formulas only, .. write 6HNGs. H is now fixed
at 6H on the reactant side [BHNOs] and only appears in two formulas so it is balanced next. € can now be
balanced. At this point O is balanced. Notice 0 appears in all five formulas and hence this is the most difficult
element to balance. It should be left till last to be balanced.

Step®  AL(C03)3(s) + 6HNOs(ag) — 2AINOs)s(ag) + 3C0(g) + 3H,0(1)
Add the subscript (s), (1), (g) or (aq) as appropriate for each substance.

6.3 Net ionic equations

Chemical reactions that happen in aqueous solution (where some substances are dissolved
in water) are often better understood as a net ionic equation. In these equations any
dissolved substances that are mainly present as ions are shown as ions in the equation. lons
which are present in solution but do not fake part in the chemical change are called
spectator ions. These ions are not included in the net ionic equation.
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When wrifing a net ionic equation:
©) , (), (g) or (an).
@ Do not change the formulas of any solids (s), liquids (1) or gases (g).

® Rewrite in ion form the formula of any dissolved ionic compound or dissolved strong
acid. (See border note at right.)

@ Remove any spectator ions. To do this, reduce by an equal amount the number of any
ion that appears unchanged on both sides of the equation until it is either gone from
the equation or appears on only one side of the equation.

EXAMPLE 2 Write a net ionic equation for the reaction between solid aluminium hydroxide and
sulfuric acid solution to form aluminium sulfate solution and water.

Sfep(D 3(5) + 3H2504(aq) — Alz(SO4)3(aq) + 6H20(|)

Step @ 3(s) +6H" @) + 3507 (ag) — 2AP*(ay) +3S0Z (ag) + 6H0(1)

As H,S04(a0) is a strong acid and is dissolved in water, ie (aq), then 3H,S04 is written as 6H* 350,
product A(S04)s is ionic and dissolved in water so it is written as 2AP* 350,
solids, liquids or gases, therefore their formulas are left as they are.

Step ® 3(5) + 6H'G@g) — 2AP*Gag) + 6H,0()

The equation contained spectator ions (S0Z7) so 350, ions were removed from each side of the

equation to give the net ionic equation.

EXAMPLE 3 Convert the following equation into a net ionic equation.
NapS0s(s) + 2CH3C00H(ag) — 2NaCH3C00(ag) + SOz(g) + H0()

NazS0s(s) + 2CH;C00H(ag) — 2Na*(ag) + 2CH;C00 (ag) + SOx(g) + H0()

Na,S05(s), H,0() and SO,(g) are in solid, liquid and gas phase respectively so their formulas are left as they
are. Although CH3COOH(aq) is dissolved it is neither ionic nor a strong acid and so its formula is left as is.

The product 2NaCHsC00(ag) is dissolved and ionic so its formula is rewritten as 2Na*  2CH3C00". This
equation does not contain spectator ions and so is left as it is.

! Book Quiz6.3. JJff Attempt Set 8 # 5, 6 and 7.

6.4 Sequential reactions (E)

In a series of sequential reactions, the product of an initial reaction goes on to become a

reactant for a subsequent reaction. Many natural and industrial processes involve sequential

reactions. (See Fig 2.) The equations for several sequential reactions can be added to

produce one overall equation. When adding sequential equations:

@ Identify the product in the first equation that becomes a reactant in the second equation.
This is the linking reagent.

@ Multiply the coefficients of each equation by an appropriate factor so that the quantity
(ie coefficient) of the linking reagent found in step® is the same in both equations.
® All the reactants from both equations are written as the reactants of a single equation.

Similarly all the products of both equations added to the product’s side of the equation.
@ |If areagent appears on both sides of the equation it is reduced by an equal amount until
it is either gone from the equation or appears on only one side of the equation.

EXAMPLE 4 Ammonia is a most important substance used in the manufacture of fertilisers and
explosives. It can be manufactured by the two step sequence shown here. Add these two equations.
H0(g) + () — (0@ + Hag)eviviiviieiiiiinnes @

Na(8) + 3H2(8) —  2NH3(8) e @

H; is the linking reagent as it is the product of the first reaction that becomes a reactant of the second

reaction. Thus equalise the quantity of H,(g) in both equations. To do this multiply the coefficients of
equation ® @

3H,0(g) + 3C(s) — 3C0(g) + 3H2(g) ..coovvrvrene. 0]
Na(g) + 3Ha(g) —  2NH3(8) oo @)
Add both to give a single equation.
3H,0(g) + 3C(s) + Na(g) + 3Ha(g) — 3C0(g) + 3Ha(g) + 2NHs(g)

Simplify the result, ie remove 3H.(g) from both sides of the equation.
3H,0(g) + 3C(s) + Na(g) — 3C0(g) + 2NHs(g)

www.lucaspublications.com.au

lonic substances include any compounds
that contain a combination of metal
elements (or NHz) and non-metal elements.

When dissolved in water these are best
represented as independent ions. Eg:

NaOH(@g)............. Na*(ag) and OH (ag)
CaBr(ag) ...... Ca’*(ag) and 2Br (ag)
AI(NO3)3(a0)....... ALP*(ag) and 3NO3(aq)
NHaCl@Q)...crn NH2(aq) and Cl(ao)

\When dissolved in water strong acids are also
best represented as independent ions. Eg:

H>S04(ag) 2H*(ag) and SO5"(ao)
HNO3(@) cvvvvvveee H"(ag) and NO5(aq)
2 [QTCT:) B— H*(ag) and Cl'(ag)

FIGURE 2 Many natfural and industrial
processes involve sequential reactions. The
manufacture of phosphoric acid by the
‘electric furnace method’ is one example. It
involves burning phosphorus (P4) in air (02)
to form phosphorus(V) oxide (P4010). Adding
water to P40+ produces phosphoric acid. The
two sequential reactions and the overall
reaction for this process are shown here.

Pa(s) + 5028) — P4010(s)
P4010(s) + 6H20() — 4H3P04()

Pa(s) +50;(g) +6H,0() — 4H3P04(D

Phosphoric acid is ranked amongst the fop
ten industrial chemicals to be manufactured
worldwide. Its major use is in the
manufacture of phosphate fertiliser.
Polyphosphates derived from phosphoric
acid are used in defergents to aid in water
softening.

Around the home phosphoric acid may be
found as an ingredient in rust removers.
Low concentrations are found in cola style
soft drinks, for its tangy effect. Phosphates
manufactured from phosphoric acid are also
found in products like baking powder.

' Book Quiz 6.4. ] f(omplete Set SJ
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FIGURE 3 A zinc strip [Zn(s)] reacting with a
dilute hydrochloric acid solution [HCl(ag)].
Notice the formation of hydrogen gas
bubbles [Hz(g)] on the surface of the zinc
strip.

Remember a double arrow, 2 signifies a
reversible reaction. Thus both forward and
reverse reactions are occurring.

1.

Set 8 Writing chemical equations

Consider the balanced equation shown here for the reaction occurring in Fig 3.
n@s) + 2HC(ag) —  ZnClh(ag) + Ha(g)

a. Name the reactants and products of this reaction.
b. In this reaction what substances are consumed and what substances are formed?

¢. In this reaction, one atom of Zn is consumed and one atom of Zn is produced, thus
the atoms of Zn are conserved. Is this true for all atoms in all reactions? Explain.

d. A student performed an investigation into this reaction. He found the consumption
of 6.48 g of reactants (Zn and HCl) resulted in the formation of 7.32 g of ZnCl; and
2.55 g of Ha. Clearly the student has made a significant error. Explain.

Use appropriate coefficients to balance the following partially written chemical
equations.

a. HCl(ag) + Fe(OH)3(s) — FeCla(ag) + H20()

b. HNOs(ag) + Bal(s) — Ba(NOs)z(aq) + H20()

. NOa(g) + H:00) = HNO:ag) + HNOsGag) (=2
d. N2(g) + Ha(g) = NHs(g)

e. NaOH(ag) + Al(s) + H.0( — NaAl(OH)4(ag) + Ha(g)

3. Rewrite these word equations as balanced chemical equations. Be sure to use correct formula and show the phase of each substance.

-~ D o N T ©

FIGURE 4 Soft drinks owe their fizz to
carbon dioxide gas. CO(g) is injected into
soft drink under pressure. When this is
done most of the C02(g) dissolves in the
drink forming C0O2(ag). A portion of the
dissolved COz(aq) then reacts with water
producing the unstable compound carbonic
acid, H2COs(ag). All of these reactions are
reversible.

(02(g) = (0z(ag)

then

(0z2(ag) + H0() < HaC0s(aq)
Releasing the cap on a soft drink bottle
causes the unstable H2COs(ag) to
decompose thus reforming C0z(ag) then
C02(g). The C02(g) appears as bubbles

throughout the drink. A similar effect
happens if the drink is shaken.
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. solid copper(ll) carbonate + nitric acid solution gives copper(ll) nitrate solution + carbon dioxide gas + water liquid
. sulfuric acid solution + copper(ll) hydroxide suspension gives copper sulfate solution + water liquid
solid aluminium oxide + nitric acid solution gives aluminium nitrate solution + water liquid
. granulated zinc + hydrochloric acid solution gives zinc chloride solution + hydrogen gas
. sulfur dioxide gas + potassium hydroxide solution gives potassium sulfite solution + water (This is a reversible reaction.)

ammonium chloride solution + solid calcium hydroxide gives ammonia gas + calcium chloride solution + water
(This is a reversible reaction.)

4. Some chemical changes involving everyday substances are described below. Use the

information given to write a chemical equation for each of these reactions. The formula
and phase of the different substances involved are given here.

sodium carbonate Na2C0s(s) carbonic acid H.C0s(aq)
sodium sulfate NaS0a4(s) carbon dioxide C02(g)

rust Fe203.3H20(s) |ethanoic acid (H3CO0H(an)
sodium hydrogencarbonate  NaHCOs(s) sodium ethanoate  NaCHsC00(aq)
sodium hydrogensulfate NaHS04(aq) iron Fe(s)

citric acid H3CeHs0(s) oxygen gas 02(g)

sodium citrate NasCeHsO7(aq) |water H20()

a. Baking soda and vinegar are fwo common kitchen products. The active compounds
in each of these are sodium hydrogencarbonate and ethanoic acid respectively.
When baking soda and vinegar are mixed a fizzing reaction occurs. The reaction
produces sodium ethanoate, water and carbon dioxide.

b. Aerated soft drinks like lemonade and cola contain carbonic acid. (See Fig 4.) This gives the
beverage its fizz. One way of adding carbonic acid to a beverage is to dissolve carbon
dioxide gas under pressure in it. The dissolved carbon dioxide gas then reacts with water
in the drink to produce carbonic acid. (This is a reversible reaction.)

¢. Antacid tablefs like Alka-Seltzer can be taken to relieve the symptoms of indigestion. The
two active compounds in an antacid fablet are solid sodium hydrogencarbonate and
solid citric acid. When dissolved in water these two compounds react forming sodium
citrate solufion, water and carbon dioxide gas.

Continued next page.

© Lucas Publications



d. Ordinary steel wool as used around the home will be seen to go rusty after some
use. The reaction involves iron from the steel wool reacting with water and oxygen
gas to form the red-brown substance known as rust.

e. One swimming pool chemical used to adjust pH contains the active compound
sodium hydrogensulfate. \When added to water it reacts with any excess base like
sodium carbonate, to produce water, carbon dioxide and sodium sulfate. By
doing this the pool water pH is lowered. (This is a reversible reaction.)

5. Use coefficients where necessary to balance the following ionic equations. (See border note.)
a. Fe¥'(ag) + (05(ag) — Fex(C03)3(5)
b. Ca*"(ag) + POi(ag) — Cas(P04)(s)
¢ Als) + H'(an) — AlFfag) + Hap)
d. S05°(ag) + H'(aq) = S0x(aq) + H.00)

6. Rewrite the following balanced chemical equations in net ionic form.
(See border note.)

a. Al(C03)3(s) + 6HNOs(ag) — 2AI(NO3)s(ag) + 3C02(g) + 3H20()
. H2S04(ag) + 2KOH(ag) —  KoSOalag) + 2H20(D

MgO(s) + 2CH3CO0H(ag) — Mg(CH3C00)2(a) + H20()
. Co(s) + 2HC(ag) — CoCl(ag) + Ha(g)
. (02(g) + 2NaOH(ag) — Nax0s(ag) + H20()

3NH3(g) + H3POs(ag) — (NH4)3PQas(aq)
. 3Pb(NO3)2(aq) + 2NasPOs(ag) —>  Pb3(P0a4)2(s) + 6NaNOs(ag)
. 2AgNOs(ag) + H:SOs(ag)  —>  AgzS04(s) + 2HNOs(ag)

> oo —~ D Q N o

7. Convert the following word equations to balanced net ionic equations.
. solid calcium carbonate  + nifric acid solution —
. hydrochloric acid solution + aluminium hydroxide suspension —
solid magnesium oxide  + nitric acid solution ——
. calcum granules  +  sulfuric acid solution  —  calcium sulfate solid ~ +
. carbon dioxide gas + sodium hydroxide solution ——
barium chloride solution +  sodium sulfate solution — —

“~ D o N T v

8. Consider the following chemical situations, each of which involves two or more sequential
reactions. Rewrite these sequential reactions as a single balanced equation. (E)

a. The extraction of iron in a blast furnace involves many sequential reactions. The
two reactions shown happen in a region of the furnace where temperatures range
between 700 °C to 1200 °C.

C(s) + C00e) — 2C0(g) (In this reaction C and CO; react to form CO.)

(0(g) + FeO(s) —> Fe() + COxg) (Here, CO reduces FeO to Fe.)

b. 0zone (03) an allotrope of oxygen (see border note) is present in low concentrations
in the upper atmosphere (the stratosphere). Its presence is vital to life on earth as it
protects us by absorbing harmful UV rays present in sunlight. Two reactions involved
in its formation are shown here.

0:2(g) - 20(g)

O(g) + 0(g) — 03(g)
¢. The destruction of ozone by chlorofluerocarbons (CFCs) was first recognised during

the mid-1970s. Peak production of CFCs occurred in 1977 and since then their use

has decreased fo the point where their use is now largely prohibited. These reactions
show one way that CFCs can destroy ozone.

(This reaction absorbs UV energy.)
(03 goes on fo absorb UV in other reactions.)

calcium nitrate solution +

CFCls(e — CFCl(g) + Cl(g)
Cl(g) + 03(g) — ClO(g) + 0Oalg)
Clo(g) + 0(g) — Cl(g) + 02(g)
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(CFC decomposes in the upper atmosphere.)
(Cl atoms destroy ozone, 0s.)

(Cl0 depletes O needed for Os formation
as well as producing more Cl that goes
on to destroy more 0s.)

Note: All equations must be balanced for
charge. This means the same total charge
appears on either side of the equation.
When checking charge the ion coefficient must
be considered, eg

Na*........ has a charge of +1
27n% .....has a charge of +4
S0Z .......has a charge of -2
3P07 .....has a charge of -9

Note: Only dissolved substances, ie those
with the (aq) subscript, may be written in
ion form. To be written in ion form the
dissolved substance must be ionic, eg
NaQH, CaCl, NH4aNOs, Fex(S04)s or a strong
acid, eg H2S04, HCl or HNOs.

carbon dioxide gas + water liquid
aluminium chloride solution + water liquid
magnesium nitrate solution
hydrogen gas
sodium carbonate solution
barium sulfate solid

+ water liquid

+ water

+ sodium chloride solution

Allotropes are alternative forms of an
element that differ in the way the atoms
are bonded. Graphite and diamond are two
allotropes of carbon (C). 0zone (03) and
oxygen (0z) are also allofropes.
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CHAPTER 7 | ELECTRONIC STRUCTURE AND THE PERIODIC TABLE

The first recorded attempts to relate
elemental properties using a periodic fable
occurred during the nineteenth century. The
most notable of these early attempts was
achieved by Dmitri Mendeleev in 1869. His
form of the periodic table is accepted as the
precursor to the modern version. It
sequenced elements according fo increasing
molar mass (afomic number was unknown
at the fime). Using his periodic table
Mendeleev was able to quite accurately
predict the existence and properties of the
then unknown elements gallium, scandium

and germanium.

7.1 The periodic table and chemical periodicity

It has long been recognised that the physical and chemical properties of the elements show
gradual changes with atomic number. Furthermore it is clearly evident that these changes
in properties are periodic. This means that at certain intervals of atomic number (2, 8, 8,
18, 18 and so on) there occur elements of very similar chemical and physical properties.
Thus the element of atomic number 3 (Li) is much like the elements of atomic numbers 11,
19, 37 and 55 (Na, K, Rb and Cs respectively).

The periodic table (see Fig 1) is an arrangement of the known elements, organised in a
way that highlights the periodic nature of their repeating properties. This is achieved by
arranging elements into rows in order of increasing atomic number (left to right) and
vertically in columns according to similar chemical properties. Horizontal rows of elements
are called periods while vertical arrangements are known as groups. Organised this way
the periodic table becomes an excellent guide to the probable properties of an element and
even the types of compounds it might form.

FIGURE 1 The periodic table showing atomic number of the elements, their groups and periods.

Groups
1 2 3 4 5 6 7 8 9 7 1M1 122 13 14 15 16 17 18
Periods 1 1 ] Non-metals Z

H O Metalloids He
2 3 4 I:l Metal 5 6 7 8 9 10
Li | Be etals B C N 0 F | Ne
3 " 12 . . , 13 14 15 16 17 18
Na | Mg | Transition metals 1| Al Si p S al Ar
P 19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca | Sc | Ti V Cr [Mn| Fe | Co | Ni | Cu | Zn | Ga | Ge | As | Se | Br | Kr
5 37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54
Rb | Sr Y Zr | Nb | Mo | Tc | Ru [ Rh | Pd [ Ag | Cd | In | Sn | Sh | Te | Xe
6 55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
(s | Ba La& Hf | Ta [ W [ Re | Os | Ir | Pt | Au | Hg | Tl | Pb | Bi | Po | At | Rn

7 87 88 89##\ 104 105 106 107 108 109 110 1M1

Fr | Ra | ANNRS | Db | sg | Bh | Hs | Mt | Ds | Re
6 # . \> 58 59 60 61 62 63 64 65 66 67 68 69 70 71
Lanthanides\ | ‘ce | Pr | Nd | Pm | Sm [ Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb | Lu
™ 90 91 92 93 94 95 96 97 98 99 100 101 102 103

7 ## Actinides

! Book Quiz7.1.)

Metal elements like Cu, Fe, Al, Ni and so on
show a number of common physical

properties. All metals are:

good conductors of heat
malleable and ductile
shiny (when scratched)

mercury).

good conductors of electricity

solids at room temperature (excepting

Non-metal elements however, are
characterised by poor electrical and heat
conductivity. Most are gases at room
temperature while those that are solids are

brittle.

! Book Quiz7.2. )

fAﬁempt Set9#1,2,3,4and 5.‘
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Th | Pa| U [ Np | Pu [Am | Cm [ Bk | Cf [ Es | Fm [ Md | No | Lr

7.2 Periodic trends: An introduction (E)

The organisation of the periodic table is such that from left to right across any period, the

elements show a gradual change from metallic to non-metallic properties. From top to

bottom down any group, the physical and chemical properties tend to remain similar

though increasing in metallic nature. This is especially evident in groups 14, 15 and 16

where elements range from non-metallic at the top of each group (C, N and 0) to meftallic

at the bottom of each group (Pb, Bi and Po). (See Fig 1.)

Some groups of elements are given special names due to their very strong similarities.

= Halogens: Group 17. These are all quite reactive non-metal elements. They produce ionic
compounds with metals where the halogens form -1 ions, eg NaF, CaClz, and AlBrs.
Noble gases: Group 18. These non-metal gases all have very low chemical reactivity.
There are only a handful of examples where noble gases form compounds.

= Alkali metals: Group 1. All are soft low melting point metals that react vigorously with
water and acids to produce hydrogen gas. Alkali metal compounds are all ionic with the
elements always forming +1 ions, eg LiCl, NazS, and KsPOa.

= Alkali earth metals: Group 2. All are metals that react strongly with acids producing
hydrogen gas. They also react with water (except Be) producing a metal hydroxide and
hydrogen gas. Their compounds are ionic (except Be) with the metals always forming
+2 ions, eg MgClz, CasS and Sr3(P04);.
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7.3 Quantum mechanical model of electron arrangement
The periodic table shows us that the chemical and physical properties of the elements repeat
periodically with certain increments in atomic number (2, 8, 8, 18, 18, 32 and so on). The
quantum mechanical model (as first proposed by Bohr) can help to explain this repeating
chemical behaviour by relating an element’s chemical and physical properties to the number
of electrons it has (remember, N(e) = N(p) = atomic number) and the way they are
arranged within the electron cloud. It states that electrons occur in shells (also known as
levels) of increasing energy and distance from the nucleus. These shells are numbered 1,
2, 3, 4.... and so on with higher numbered shells generally being further from the nucleus
and having a higher energy. The model specifies the maximum number of electrons that can
fit into any shell is given by 2n? where n is the shell number. (See Fig 2.)

! Book Quiz7.3.)

7.4 Electron configuration

The electron configuration of an atom or ion shows the shells (1, 2, 3, 4 ...) contfaining
electrons and the number of electrons in each of these shells. The order in which electrons
fill the available shells follows a general pattern where electrons fill the lowest numbered
shells (lowest energy) first. It is sufficient for our purposes to know the filling order for the
first 20 electrons in any atom is: 2 electrons will fill the 1% shell, then 8 electrons fill the 2"
shell, then a further 8 electrons fill the 3" shell and finally 2 electrons fill the 4™ shell.

It may be interesting to note however, for atoms with more than 20 electrons the 3 shell
recommences filling to its ultimate capacity of 18 electrons and only then does the 4™ shell fill
to 8 electrons and the 5™ shell to 2 electrons. A similar filling pattern can be seen for the
remaining shells. (See Table 1.)

TABLE 1 Electron filling order for elements with up to fifty six electrons
Number of elecirons Shell number and maximum occupancy with arrows showing filling sequence

in the atom 1% shell 2™shell  3"shell  4™Mshell  5Mshell 6" shell
2 then —> 8 then—= 8 then —> 2 then
o ;“*,:,““>
18 then — 8 then —» 2

TABLE 2 Electron configuration of some of the first fifty elements

up to 20 electrons
21 to 38 electrons

39 to 56 electrons

Element Atomic  Number of R T TR T Number of valence electrons
number  electrons (see horder note)
helium 2 2 2 2
lithium 3 3 2, 1
carbon 6 6 2,4 4
fluorine 9 9 2,7 7
neon 10 10 2,8 8
sodium 1 1 2,8,1 1
magnesium 12 12 2,8,2 2
aluminium 13 13 2,8,3 3
phosphorous 15 15 2,8,5 5
argon 18 18 2,8,8 8
calcium 20 20 2,8,8,2 2
selenium 34 34 2,8,18,6 6
bromine 35 35 2,8,18,7 7
krypton 36 36 2,8,18,8 8
strontium 38 38 2,8,18,8, 2 2
tin 50 50 2,8,18,18, 4 4
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FIGURE 2 Each shell (energy level) can hold
progressively more electrons than the
previous shell. The energy of an electron
increases with its distance from the nucleus.
Generally electrons fill the lowest energy
shells first (close fo the nucleus). There are,
however, a few interruptions to this filling
pattern. (See Table 1.) The third shell and
upwards show a tendency to partly fill while
higher shells begin filling in preference.

4™ shell: holds at most A
32 elecfrons

3 shell: holds at most
18 elecfrons

2" shell:holds at most
8 electrons

INCREASING ELECTRON ENERGY
(Increasing distance from nucleus)

1% shell: holds at most
2 electrons

NUCLEUS

Valence electrons are those electrons
occurring in the outermast shell that
normally contains elecfrons. These are the
electrons that determine the chemical and
physical properties of an element. Not
surprisingly elements with the same number
of valence electrons are found to have very
similar properties. This explains the pattern
of repeating elemental properties seen in
the perioadic table.

! Book Quiz7.4.
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FIGURE 3 These Lewis structures show an
atom'’s valence electrons. Each dot
represents ane valence electron. Individual
atom’s normally have a maximum of eight
valence electrons.

! Book Quiz7.5.)

f Attempt Set 9 # 6.}

FIGURE 4 The Lewis structure of an ion
shows the electrons present in ifs outermost
shell that normally contains electrons, ie its
valence shell. For this reason metal ions
usually have no dots. Non-metal ions
typically have 8 dots (an octet) and are
bracketed to show these electrons are not
shared.

! Book Quiz7.6.

f(omplete Set 9.J
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7.5 Valence electrons and Lewis structures

Valence electrons are those electrons in the outermost shell (highest numbered shell) of
an atom that normally contains electrons. The Lewis structure for an atom (Fig 3) or ion
(Fig 4) shows one dot for each of its valence electrons. Electrons in shells below the valence
shell are known as core electrons. Core electrons are not involved in chemical bonding and
these are not shown in the Lewis structure.

o ° % ° ° (X))

G Ale $0e °Cle
° ° (X}

calcium aluminium oxygen chlorine

2,8,8,2 2,8,3 2,6 2,8,7

2 valence 3 valence 6 valence 7 valence

electrons electrons electrons electrons

7.6 Electron configuration and ion formation

Atoms form ions by gaining or losing electrons. Positive ions have fewer electrons while
negative ions have more electrons than the original neutral atom. This means the electron
configurations of an atom and its ion must be different. Usually the ion will have an electron
configuration like that of the nearest noble gas.

Noble gas electron configurations have 8 valence electrons in the outer shell (except He
which has 2 valence electrons). These noble gas elements rarely change their electron
configuration while other elements readily gain or lose sufficient electrons to form ions with
noble gas electron configurations (known as the octet rule). This behaviour indicates ‘the
electron configurations of noble gases are uniquely stable’.

TABLE 3 Electron configurations of selected ions

lon  Atomic  Number of electronsin ~ Number of electrons  Electron configuration ~ Mafching
number an atom of the element in the ion of the ion noble gas
Li 3 3 2 2 helium
0 8 8 10 2,8 neon
9 9 10 2,8 neon
Al 13 13 10 2,8 neon
S 16 16 18 2,8,8 argon
Cl 17 17 18 2,8,8 argon
Ca 20 20 18 2,8,8 argon
Br 35 35 36 2,8,18,8 krypton
%% 2- %% 1-
% AP* o0 o olle
[ X ) [ X ]
calcium 2+ ion aluminium 3+ ion oxygen 2-ion chlorine 1-ion
2,8,8 2,8 2,8 2,8,8

You will notice all of the ions shown in Fig 4 have eight electrons, called an octet, in the
outermost shell of their electron configuration. This is unlike their parent elements shown
in Fig 3. The tendency of atoms to gain, lose or share electrons until they have eight
electrons in their outermost shell is known as the octet rule.
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’ Set 9 Electronic structure and the periodic table ,

1.
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Using a periodic table find the group and period number for the following elements.
a. carbon ¢. the element of atomic number 31

b. calcium d. the element having 53 protons in its nucleus

Name or give the symbols for all the elements that match the following description:
a. elements that would have similar chemical properties to chlorine

b. the halogen from the fourth period
¢. the fifth period element with similar chemical properties fo magnesium
d. the transition metals from the fourth period.

The following passage describes the organisation of elements info the periodic table.
Complete the passage by selecting the correct terms from the ones listed.

. The elements
according to increasing

The periodic table is an organiser of the properties of the ()
are organised info horizontal rows called )

© and vertically info () according to similar e .
Across any period the physical properties of the elements show a major change from
) properties on the left side of the table 1o () properties on

the right side. In a similar way the () properties also vary greatly across
any period of the periodic table. Within any group of the periodic table the chemical
and physical properties of the elements tend to be ¢ showing only some
gradual increase in metallic properties down any group.

The periodic table shows that the properties of the elements repeat at specific intervals
of ¢ . Thus the properties of the elements of atomic numbers 2, 10, 18, 36,
54 and 86 turn out to be very similar. This group of similar elements is known as the
®) . This example shows the chemical and physical properties of the
elements repeat at intervals in atomic number of 8 then o then
(m) then 18 then (n) . This pattern of repeating properties occurs
for all elements, for example lithium, atomic number 3 will be very similar to elements
of atomic numbers 11, 19, 37, 55 and 87. This group of similar elements is known as
the ) . Similarly the elements of atomic numbers 4, 12, 20, 38, 56 and 88,
known as the () will have very similar properties.

Use the periodic table to determine if the following pairs of elements are most likely to
have similar or different chemical properties. In a few words justify your answer.

a. NandP ¢. CandO e. potassium and bromine
b. Arand He d. oxygen and selenium f. magnesium and sulfur

From each of the following pairs of elements choose the one the most likely to be a
good conductor of electricity and heat. (E)

a. Beand Ca
b. Band Tl

¢. Scand Ge
d. selenium and fitanium

Give the electron configuration and Lewis structure for the following atoms.
a. Na b. S . (a d. P e. Cl f. Ga

Give the electron configuration and Lewis structure for the following ions.
a. Na* b. S% c. Mg* d. (a* e. (I f. 0%

The species Na*, 0>~ and Ne are said to be isoelectronic. Suggest a meaning for the term
isoelectronic. You will need to compare their electron configurations.

Remember the number of protons in an

atom of an element is given by its atomic
number. For a neutral atom this also gives

the number of electrons.

32

metallic

alkali metals
atomic number
periods

18

elements
properties
non-metallic
atomic number
groups

8

chemical
similar

noble gases
alkali earths

Electronic structure and the periodic table
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FIGURE 5 The most abundant isotopes of
carbon occurring on Earth are 12€ (98.9%)
and ™€ (1.1%). The isotope ™Cis extremely
rare, and constitutes <0.01% of naturally
occurring carbon in atmospheric C0,.

4Cis formed in the upper atmosphere by
the interaction of cosmic rays on "N atoms.
However, "C is radioactive and slowly
decays back fo ™N. It takes about 5730
years for half of a "C sample to decay.

Carhon dating uses this principle to dafe the
age of once living things. These isotopes
appear chemically identical and so living
things absorb them both, either from the
atmosphere, as C0y, or from the food they
eaf. When the tissue dies the amount of '*C
remains constant, but "C decays. Measuring
the ratio of "C to '?C in a sample indicafes
how long ago the tissue died.

Here a sample is being removed from bone
for carbon dafing using accelerator mass
spectrometry (AMS). The bone is part of a
human femur that is thought to be from the
medieval period.

Carbon dating using AMS requires only a
very small sample of material, minimising
the damage to a specimen.

Photographed at Oxford Radiocarbon
Accelerator Unit, University of Oxford, UK.
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9. Compare the electron configurations for the three isotopes, carbon-12, carbon-13 and
carbon-14. (See Fig 5.) What does this imply about the chemical properties of these
three isotopes of carbon and of other isotopes in general?

10. The electron configuration of an element is related to its position in the periodic table.
a. Using a periodic table find the group and period of the following elements.

Element | Electron configuration Number of valence | Periodic table
Group Period

Li 2,1 1

Sr 2,8,18,8,2 2

cl 2,8,7 7

Se 2,8,18,6 6

Al 2,8,3 3

b. Having completed the table from Question 10a, examine the data for any relationship
between electron configuration, valence electrons and periodic table position. Now
write your ideas as a statement about the following:

i. What is the relationship between an element’s number of valence electrons and its
electron configuration?
ii. How does an element’s number of valence electrons compare to its periodic table
group number for groups 1 and 2, for groups 13 fo 18 inclusive?

. What is the relationship between an element’s period number and its electron

configuration?

11. Apply the patterns you found in Question 10 to complete this table. You should not need
to refer to a periodic table to complete this question but you will need to have checked
your answer to Question 10.

Periodic fable Number of Valence Electron
group period number
2,8,6
2
3
14 3
1 4
17 4

12. There is a clear relationship between the electron configuration of the noble gases and
the electron configuration of most monatomic ions. The following questions explore this
relationship for the ions of some elements from the main groups 1 and 2 and
13-18 of the periodic table.

Element Electron lon lone Nearest |Noble gas e
K 2,8,8,1 K* 2,8,8 Ar 2,8,8

Mg Mg2+

S S*

F F-

N N3~

Sr Sr#*

a. Complete this table showing the electron configuration for each of the atoms and ions
as well as the identity and electron configuration of the nearest noble gas.

b. How does the electron configuration of each element compare with that of its ion?

¢. How do the electron configurations of the monatomic ions compare with those of their
nearest noble gas?

d. Suggest why the noble gas elements do not normally form ions.

e. Is this relationship between the electron configuration of monatomic ions and noble gases
true for all monatomic ions? Hint: Look at the ions of transition metals like Zn and Cu.
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CHAPTER 8 | CHEMICAL BONDING

Nne
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FIGURE 1 Malleable and ductile substances
are those that dent or stretch when a force
is applied and can be drawn into wires. By
contrast, a brittle substance will crack and
shatter under the same conditions.

For a substance fo be malleable its particles
must be able o move past one another
without breaking the bonds between them.
In a brittle substance the bonds between the
particles break if the particles move in
relation to one another.

FIGURE 2 This electric power cable consists
of four copper wires coated with a plastic
material. The copper conducts the electric
current while the plastic coating is an
insulator that is non-conducting.

For a material to be an electrical conductor

the charged particles within it, electrons or
ions, must be able to move, ie be mobhile.
When a voltage is applied to such a material
the charged particles will move and so
conduct a current. In metals it is the flow of
freely mobile electrons, that constitutes the
electric current. (See Fig 5.)

FIGURE 3 The shiny lustre of this stainless
steel kettle is typical of all polished metal
surfaces. Stainless steel is a good choice of
material for this use as it has a high heat
conductivity (typical of all metals) as well
as a high resistance to carrosion.
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8.1 Classes of substance

Physical properties of substances include features like melting point, malleability and ability
to conduct heat or electricity. (See Fig 1, 2, and 3.) Patterns in these properties suggest four
distinct classes of substance can be identified. Each class of substance displays its own
characteristic combination of these physical properties. An understanding of the bonding and
structure of these substances gives a basis for explaining their physical properties.

TABLE 1 Four classes of substance

Physical property Metallic lonic Covalent molecular Covalent network
Electrical conductivity conductors non-conductors non-conductors non-conductors®
in the solid state
Electrical conductivity conductors conductors non-conductors
in the molten state
Electrical conductivity conductors non-conductors*
when dissolved in
water
Malleable and ductile ~ malleable and hard and brittle soft hard and brittle*
or hard and brittle ductile
Melting point moderafe fo high* high low very high
Examples copper (Cu), Gold  magnesium iodide carbon dioxide (C0;), silicon (Si), silicon
(Au), aluminium  (Mgl,), zinc sulfate water (H,0), dioxide (ie quartz,
(A, iron (Fe), (ZnS0y4), sodium oxygen (0), Si05), diamond
titanium (Ti) chloride (NaCl) sugar (C1sH2011)  and graphite (C)

*Within each class of substance there are important examples that have distinctly

different physical properties, for example:

= (Covalent molecular acids (like HCl, HNOs or HzS04) are quite good electrical conductors
when dissolved in water.

= Graphite, a covalent network substance conducts electricity and is brittle though soft.

= The metfal mercury has a low melting point (-39 °C) making it a liquid at room

temperature. f Book Quiz8.1 @ lucaspublications.com.au.J

8.2 Metallic substances

Of the first 100 elements, 18 are non-metals, 6 are metalloids while the remaining 76 are
metals. (See periodic table p48.) In metallic substances, atoms achieve a noble gas electron
configuration by releasing their valence electrons, thus forming positive metal ions and free
electrons. The positive metal ions occupy fixed positions within a three dimensional lattice.
Valence electrons released from the metal atoms are free to move at random amongst the
lattice of metal ions. For this reason the electrons are said to be delocalised and described as a
mobile sea of electrons. (See Fig 4.)

Bonding within the meftallic lattice is due fo strong electrostatic aftraction between the
stationary metal ions (+ charge) and the mobile sea of electrons (- charge). Metallic bonds
are said to be non-directional as they occur equally in all directions between all metal ions

and the sea of electrons. fAttempt Set 10 # 1 and 2.}

FIGURE 4 A two dimensional view e o
showing the structure of a metallic & T TS . + +
lattice. Within the laftice metallic ions o .
vibrate about fixed positions while e
delocalised valence electrons move + + + + +
freely amongst the metallic ions. o
e e e
+ + + + +
@ e
@ e
+ + + e + +
sea of electrons
e
e
=
+ + € + + +

positive metallic ion
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TABLE 2 Understanding metallic properties

Good conductors of electricity: Valence electrons that form the sea of electrons are mabile, ie they
can move freely throughout the metallic lattice. If a voltage is applied to a metal, electrons from the
mobile sea of electrons move towards the positive terminal of the power supply. Positive metal ions
remain stationary in their fixed positions. It is the ability of these valence electrons fo move and thus
to conduct charge that allows metals to be good conductors of electricity. (See Fig 5.)

Good conductors of heat: Electrons within the sea of electrons are mobile and so can carry heat
energy (as kinetic energy) throughout the metal lattice. The vibration of metallic ions also
contributes to the flow of heat through the metal lattice.

Malleable and ductile: Bonding
between metal ions and the sea of

Although the metal ions
shift the bonding is

electrons is non-directional. This means unaffected
individual metal afoms can move in :

lied e iy @ .
relation to each other without breaking ?gfcée e- .e Er. .e ot Y ’e
the bonds between them and the sea of ® .0 © o. .e ®
electrons. This allows a metal fo change "0 0 0“0 Q&
shape, ie be denfed, bent or strefched 6’ Be - .é' .e - ® e ®

without breaking.

Solid at room temperature: Strong attractive forces between the metal ions and sea of electrons
hold the metallic lattice fogether. As a consequence a moderate to high temperature is needed to
disrupt the lattice and allow the metal to melt. The metal mercury (MP=-39 °C) is an exception as
itis a liquid at room temperature.

! Book Quiz8.2. )J§ff complete Set 10.

RS

Set 10 Metallic substances

1. The following passage describes the formation and structure of a metal. Use the list of

terms to correctly complete the passage.

In the formation of the metallic structure, metal atoms lose their @)
electrons and form positive @) ions and free (o
metal ions occupy (o
e . Valence electrons released by the metal atoms

amongst the positive metal ions. These free moving electrons are sometimes referred

fo as a (g

The stability of the metallic structure comes from the strong m)
between the ()
known as the ¢
and the sea of electrons and so is referred o as a @ bond.

2. Both aluminium and sodium form a metallic structure. Compare the metallic structure
of these elements. How are they similar? How are they different? (Hint: Consider the

ion charges and the number of mobile electrons per ion.)

3. Use your knowledge of metallic bonding to account for the following typical physical

properties of metals.

a. Metals are known to be good conductors of electricity.
b. Metallic elements are both malleable and ductile.
. Metals are good conductors of heat.

4. The melting point of a solid depends upon the strength of attraction (bonding) between
its particles (atoms, ions or molecules). The stronger this is, the higher its melting point
will be. Using a text reference or the internet find the melting points of the first three
elements of the third period Na, Mg and Al. What trend is evident in the melting point
of these metals and hence what can be inferred about the strength of the metallic bond

for the metallic elements of the third period?

www.lucaspublications.com.au

. The resulting
positions forming a regular three dimensional

attraction
metal ions and the sea of electrons. This electrostatic bond,
bond acts in all directions between the paositive metal ions

FIGURE 5 Electrical conductivity in mefals.

metallic conductor
(green)

within the metallic
conducting path
(green) travelling
from the - terminal of
the power supply fo
the + terminal, see
red arrows.

electrostatic
metal

valence
positive
non-directional
electrons

sea of electrons
fixed

lattice

metallic

move freely
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The larger the heat conductivity value
shown in the table the better the metal is
able fo conduct heat.

Similarly the higher the electrical
conductivity value the befter the metal is
able to conduct electricity.

Of the first 100 elements only 18 are
non-metals. Of these 6 are noble gases and
one, astafine, is extremely rare, leaving

11 non-metal elements to form the many
ionic compounds found on Earth.

5. The electron-sea model (Fig 4) accounts for the conductivity of metals in terms of the
metal valence electrons that form the sea of mobhile electrons. These mobhile electrons
readily conduct heat and electrical energy through the metallic structure. With this in
mind Harry suggested to his teacher that, “The conductivity of metals should increase
as the number of valence electrons increase.” Do the following conductivity data from
Set A (consecutive elements from period 3) and/or Set B (consecutive elements from
period 4) support Harry’s hypothesis? Explain. Hint: Complete the table to show the
number of valence electrons for each of the elements and look for any pattern between
valence electron number and conductivity. (See border note.)

Set | Element Number of valence | Heat conductivity | Electrical conductivity
electrons JsTmK? Q'm"’

A |[sodium 141 21
magnesium 156 23
aluminium 237 38

B | potassium 102 14
calcium 200 29
scandium 3 valence electrons 15.8 1.8
titanium 4 valence electrons 22 2.3
vanadium 5 valence electrons 30 5

8.3 lonic compounds

lonic compounds form from a combination of metallic elements (or NHz ions) with
non-metallic elements, eg NaCl, Ca0, MgS0a, Al(NO3)3, NH4Cl and so on. The metal element
in these compounds loses all of its valence electrons to form a positive ion with a noble gas
electron configuration. The lost electrons are fransferred to the non-metal element that
forms a negative ion also with a noble gas electron configuration. Figures 6 and 7 use Lewis

structures (p50) to show this.

FIGURE 6 Electron configurations and Lewis structures are used here to show the fransfer of electrons in the formation of the ionic compound CaF;

2,882 Each F atom gains one

electron from the Ca atom.

FIGURE 7 Lewis structures for some ionic
compounds. Square brackets around the
negative ions are a reminder that their
valence electrons are exclusively associated
with the ion. These valence electfrons are
not shared with the neighbouring ion.

potassium bromide: g+ -..B: .- .

KBr _.. .._
" ee® "

magnesium chloride: ~ Mg?* 21 a®
[ iy

MgCl2 MCX
— ~2-

(X ]
ini ; 2A1* LA

aluminium oxide: 3 0
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A0z -
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The Lewis structure for CaF, and the electron configuration for the
resulting Ca>* and F~ions show how the transfer of electrans allows
both Ca** and F~ions fo achieve a noble gas electron configuration.

The resulting positive and negative ions arrange into a three dimensional ionic lattice.
(See Fig 8.) Bonding in the ionic lattice is due to strong electrostatic attraction between
neighbouring positive and negative ions. Any given positive ion is attracted simultaneously
to all surrounding negative ions and vice versa. Although repulsive forces between like
charged ions will also occur these forces are much weaker as the like charged ions are
further apart in the lattice (diagonally arranged) than the adjacent unlike charged ions.
Electrostatic forces reduce considerably as the distance between ions increases.

FIGURE 8 This two dimensional diagram is
a representation of the sodium chloride (NaCl)
ionic lattice. It shows the typical structure
of an ionic lattice. Note the unlike
charged ions are closer together than like
charged ions. This ensures attractive forces
within the latftice are greater than repulsive
forces. Hence the ionic lattice is a stable
and strongly bonded structure.

sodium ion
Nat @
chloride ion

a @
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TABLE 3 Understanding the properties of ionic compounds

Poor conductors of electricity in the solid phase: In an ionic solid the ions are tightly held in fixed positions within the lattice, thus they are
unable to move and carry charge. Electrons within the ionic lattice are also tightly held by individual ions and hence also unable fo move and carry
charge through the ionic solid. An absence of mobile charged particles means ionic solids are non-conductors of electricity.

Good conductors of electricity when molten: In the molten
phase, ions are mobile and free fo move and carry charge
throughout the ionic liquid. Both positive and negative ions carry
charge. Positive ions move towards the negative electrode while
negative ions move towards the positive electrode.

Good conductors of electricity when in aqueous solution: In an
aqueous solution individual ions from the ionic solid are mobhile
and free fo move independently of one another. Their mobility
and charge enable them fo conduct an electric current through the
ionic solution. Both positive and negative ions are invalved in
conducting the current. The current consists of positive ions
moving tfoward the negative electrode and negative ions moving
toward the positive electrode.

Hard and brittle: If a large force is applied to the ionic lattice it
will cause layers of ions to move. When this happens, like
charged ions will be forced to align alongside one another, ie no
longer diagonally aligned. This means like charges will be closer
fogether than unlike charges. Consequently repulsive forces will
exceed atffractive forces and the lattice will break apart rather
than simply dent or bend.

power supply
L
Nl

electrodes

In the molten and aqueous
phase both positive and
negative ions are mobhile and
can conduct an electric
current.

e@e@
4 . 2.2.0
ions shift AAAA
applied .o‘o. ®ePe@ repulsive forces
force o> cPo®e "o :..04_._/fradure the lattice
@eDe® PoDe® TN
eRe@e ede®e Pe®e®
@e®Be® Be®o@ c@e®e
@e@e®

High melting and boiling points: lonic bonds are strong electrostatic attractive forces between ions. These strong attractive forces extend
throughout the ionic lattice keeping individual ions in fixed positions. Thus a high temperature, ie high particle kinetic energy, is needed to disrupt

(melt) the ionic lattice.

N

1. The following passage describes the formation and structure of an ionic compound. Use

the list of terms to correctly complete the passage.

Set 11 lonic compounds

! Book Quiz8.3. /M complete Set 11. )

4

attractive
three dimensional

lonic compounds form when ) elements, ie elements from the left hand negative
side of the periodic table, combine with () elements. The metal atoms form non-metal
© ions by () their valence electrons while the non-metal atoms .

; . ) gain
@ ____ these electrons forming ¢ ions. In this process both metal A
and non-metal atoms form ions with a ) electron configuration. like

metal

The resulting ions arrange themselves into a () lattice of alternating )
positive and negative ions. In this lattice structure ¢ charged ions are close losing

together while )
allows the overall ®

lattice structure and the strength of the ionic bond.

charged ions are always further apart. This arrangement positive
forces between unlike charges to exceed the
W forces between like charges. This ensures the (m)

stability
of the ionic

noble gas
unlike

repulsive

2. Describe the formation of the ionic solid calcium sulfide (CaS) from separate neutral

atoms of calcium (Ca) and sulfur (S). Consider the following:

= electron transfer
= formation of the ionic bond
= structure of the ionic lattice.

3. Draw Lewis structures that show the arrangement of valence electrons in each of the

following compounds.

a. NaF b. K2S c. Gao d. AlClz

www.lucaspublications.com.au

e. AlbS3 f. MgBr;
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4. Use the example of the ionic solid calcium oxide to describe the meaning of the following
statement:

‘Within an ionic solid there are two types of electrostatic force. The combined effect
of these forces produces the ionic bond.’

5. Allionic substances are known fo be brittle. Describe this property and show with the
aid of a diagram how the structure of these substances gives rise to their brittle nature.

6. Ping and Sindhu wanted to explore the electrical conductivity of an ionic compound in
its different phases. They chose to test AgNOs(s), AgNOs(1) and AgNOs(ag).
a. Compare the structure and composition of AgNOs(s), AgNOs(1) and AgNOs(aq).
b. Sketch an apparatus that Ping and Sindhu could use to perform their tests.
¢. What safety precautions should Ping and Sindhu consider?
d. What conductivity results would you predict for each of their experiments?
e. Account for your predictions in (d).

8.4 Covalent bonding
Noble gas elements show very little A covalent bond occurs whenever non-metal elements bond to other non-metal elements.
;?ﬁ?;ﬁfédris%‘gryu;lht;zSEETSQ’T';’DUHF Is These elements are found on the upper right hand side of the periodic table and typically have
configurations. Most atoms tend to achieve a many valence elecfrons. In a covalent bond, valence electrons are shared between the bonded
noble gas electron configuration by bonding atoms so that each atom achieves a noble gas electron configuration. (See Fig 9 and 10.)

to other elements. In doing this each atom
achieves an octet in its valence level. This is
generally known as the octet rule.
Hydrogen is an exception as when it bonds it
achieves two valence electrons, like the

FIGURE 9 Lewis structures showing the formation of a covalent bond in a F;molecule

noble gas He. '.F.' F ‘.F. °F
[ ] [ ]
LN ] [N J
2,7 2,7 2,8and 2,8

One valence electron is provided by each F atom in forming the covalent bond. The resulting Lewis structure of
the F, molecule and the electron configuration of each F atom shows that by sharing electrons both F atoms achieve
an octet in their valence level. For this fo happen the two F atoms must remain in close proximity to one another,
ie bonded.

Covalent bonds are directional, unlike ionic and metallic bonds. A single covalent bond is
aligned along an axis through the two atoms that share electrons. The bonding electrons
are localised along this axis and between the two bonded atoms. The covalent bond arises
from the mutual aftraction of two atomic nuclei (+ charge) for the same localised shared
pair of valence electrons (- charge).

Types of covalent bond include single bonds, double bonds and triple bonds. A single
covalent bond occurs when two atoms share two valence electrons. It can be represented
by a single dash — or a pair of dots §. A double covalent bond involves two atoms sharing
four valence electrons. It is represented by a pair of dashes = or two pairs of dots 8. A
triple covalent bond is formed when two atoms share six valence electrons. It is represented

by three dashes = or three pairs of dots gee . (See Fig 10.)

chlorine (Cl) lone pairs oxygen (0z) lone pairs nitrogen (N2) lone pairs
oo/ < /
° o0 — s =
CI.Q or )—(l 0 g0 0 or 0=0 NgSN or/N_N
single bond K / triple bond
(one bond pair, ie 2e7) double bond (three bond pairs, ie 6¢°)

(two bond pairs, ie 4e”)

FIGURE 10 Pairs of atoms form covalent bond(s) by sharing 2, 4 or 6 electrons. Lewis structures can be used to shows this. Shared pairs of valence electrons are placed
between bonded atoms and are known as bond pairs. Unshared (non bonding) pairs of valence electrons are known as lone pairs.

! Book Quiz8.4.)
Covalent bonds as described here can occur in two very different types of substance,

{ Attempt Set 12 # 1.} covalent molecular substances and covalent network substances.
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FIGURE 11 Two distinct types of bonding are present in a molecular
substance. Covalent bonds are the strong intramolecular forces that keep
atoms clustered together within the molecule. (See bromine, Brz below.)

8.5 Covalent molecular substances

Examples include most non-metal elements, eg chlorine (Cl2), oxygen
(02), nitrogen (N2) (Fig 10) and most compounds formed from a
combination of non-metal elements only, eg CHs, H20, HBr, NHs, HNO3
and H2S04.

Much weaker intermolecular forces (also known as van der Waals forces)
keep molecules bonded to one another. These are the forces that are easily
overcome when a molecular liquid boils or evaporates. The covalent bonds
between pairs of bromine atoms are not affected by physical changes
In these covalent malecular substances, small groups of atoms become like melfing, evaporating or boiling.
covalently bonded to one another forming many small clusters of

atoms, known as molecules. One drop of water for example, would

contain around 1.5 x 10%" H.0 molecules. The strong covalent bonds

within the molecules are referred fo as intframolecular forces. VVarious

weak forces of attraction such as van der Waals forces allow some \
degree of weak attraction between molecules. (See Fig 11.) These

weak forces between molecules are known as intermolecular forces.

Strong covalent
bonds are the
inframolecular
forces.

weak intermolecular forces

TABLE 4 Understanding the properties of covalent molecular substances

Non-conductors of electricity in either solid, liuid or aqueous phase (*See exceptions below.): The elecfrons in a covalent molecular substance
are localised within each atom’s electron cloud or as shared electrons within covalent bonds. None of these electrons are free to move

independently. Also these substances do not contfain ions. The absence of any freely mobile charged particles explains why covalent molecular
substances are non-conductors of electricity.

*Some are good conductors of electricity when in agueous solution: Covalent molecular substances which are acidic or basic, eg HCl, H,S04 and
NH; react with water (ionise) producing free mobile ions. (See p138-9.) The resulting ions are able to move freely throughout the solution carrying
charge and hence conducting an electric current.

Soft and weak: Strong covalent bonds (intramolecular forces) only form between the atoms within molecules. Only weak intermolecular forces
of attraction occur between neighbouring molecules. (See Fig 11.) Consequently molecules are easily separated from one other and hence these
substances are weak and soft.

Low to moderate melting and boiling points: \When a molecular substance melts or boils, only the weak intermolecular forces (forces between
molecules) need to be broken or overcome. Thus the weakly bonded lattice of molecules in the solid phase is easily disrupted by heat energy to
form a liquid or gas. It must be understood that the strong covalent bonds occurring between atoms within the molecule (intramolecular forces)
are unaffected when a substance melts or boils. (See Fig 11.)

! Book Quiz8.5. JJf Attempt Set 12 # 2,3 and 4. )

8.6 Lewis structures for molecular species

A Lewis structure is used fo show the arrangement of valence electrons and thus the

bonding within a molecule.

To draw a Lewis structure for a molecular substance:

@ Draw a skeleton structure by allocating a single bond (two electrons) between each atom
and its neighbour. If a central atom is needed, this cannot be hydrogen and is rarely oxygen.

Caution! It must be noted that Lewis
structures are not intended to show the
actual shape of a molecule. Molecular shape
can be found from the Lewis structure by
applying VSEPR theary. (See p126.) For this
reason any of these Lewis structures are
acceptable for a bent molecule like water.

Otherwise the priority for the central atom is usually the element from the lowest periodic H
table group number. If possible, hydrogen is usually found attached to oxygen. H .°0°. H " .°0° °
@ C(alculate the number of valence electrons still to be allocated. This is the total number ®ee’ o oo’
available to the molecule, less those already allocated to single bonds in step @. H
® The remaining electrons are allocated as lone pairs (not shared between atoms) so that each e®%e e®%e
atom achieves an octet (not hydrogen, which has two electrons in fofal). If there are too few ° .0.0 o H e .0.0
electrons to achieve this, reassign some lone pairs of electrons to form multiple bonds. H H
EXAMPLE 1 Draw Lewis structures for the covalent molecular compounds NF3, HCN, HNO3, and H,COs.
F—I}I—F H—C—N H—O—I}I—O (IJ
F 0 H—0—(C—0—H

NFs has a total of 26 valence
electrons (7 from each F atom
and 5 from N). The skeleton
structure uses 6 valence electrons
so 20 more need fo be allocated.
Use lone pairs only.

www.lucaspublications.com.au

HCN has 10 valence electrons in
total (1 from H, 4 from C and 5
from N). The skeleton structure
uses 4 valence electrons so 6 mare
electrons need to be allocated.
Multiple bonds are needed.

H—C=N+¢
or .o
HeCeseNg

Using a triple bond, instead of two
more lone pairs ensures both Cand
N achieve an octet with the
available valence electrons.

HNOs has 24 valence electrons in
total (1 from H, 6 from each O and
5 from N). The skeleton structure
uses 8 valence electrons so 16 mare
need to be allocated. Mulfiple
bonds are needed.

H L J ..:

—0—N
oo |
0

Using a double bond, instead of
another lone pair ensures all N and
0 atoms achieve an octet with the
available valence electrons.

! Book Quiz8.6. Jff Complete Set 12. }

H,C05 has 24 valence electrons in
total (1 from each H, 6 from each
0 and 4 from C). The skeleton
structure  uses 10 valence
electrons so 14 more need to be
allocated. Use multiple bonds.

e0s
o |

[ ]
_c_
[ ] [ ]

[ ) o
H— —H

[ ] [ )
A double bond is used as this
enables all C and O atoms to
achieve an octet with the
available valence electrons.
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Note: Sections identified in this text with an
(E) may be considered an extension to the
Chemistry Course Units 1 and 2. These cover
content considered desirable for developing
a good understanding of the Chemistry
Course Units 1 or 2 or they lead info content
covered later in Chemistry Course Units 3 or
4. Their inclusion is for the convenience of
teachers and students.

8.7 Covalent bonding in polyatomic ions (E see horder note)

Many ionic compounds contain one or more polyatomic ions. While these ions form part of
an ionic compound, the atoms within the polyatomic ion are covalently bonded fo each other.
It must be stressed, that since a polyatomic ion has a net positive or negative charge it is not
a molecule nor a compound in its own right but instead can only exist along with an oppositely
charged ion within an ionic compound. The arrangement of valence electrons in a polyatomic
ion can be shown using a Lewis structure. The diagram is drawn using the same procedure as
for a molecular substance. (See Example 1 and 2.) Remember, the number of valence
electrons within an ion must be adjusted to reflect its charge. (See Fig 12.)

FIGURE 12 Polyatomic ions like carbonate, €03", nitrate, NO3 and so on consist of a cluster of covalently bonded atoms that has a net positive or negative charge. For
this reason a polyatomic ion is not a molecule or compound in its own right but instead can only exist along with an oppositely charged ion such as in an ionic compound.

Negatively charged polyatomic ions have gained an amount of electrons equal to their charge. The carbonate ion, €03 for example has a fotal of 24 valence shell
electrons, 6 from each 0 atom, shown in red (ie 18) plus 4 from the carbon atom (in blue) and an extra two (in green) that give it its 2- charge. This can be seen in
the Lewis structure for the carbonate ion drawn here.

1 carbon atom 2-ion charge

o

3 oxygen atoms

For a positive ion, reduce the number of valence electrons by an amount equal to its charge. Thus an ammonium ion, NH3 has 8 valence electrons in total, 5 from the
N atom, 1 from each H atom and one less because of its 1+ charge. Remember, the square brackets around the ion are a reminder that their valence electrons are
exclusively associated with the ion. These valence electrons are not shared with other ions.

EXAMPLE 2 Draw Lewis sfructures for the nitrate ion (NO3) and the carbonate ion (C0%). (E)

0—N—O NO; has 24 valence electrons in fotal, 6 from 0 €0Z has 24 valence electrons in total, 6 from
(I) each 0, 5 from N and 1 extra for the 1- charge. O—CI—O each 0, 4 from C and 2 extra for the 2- charge.
The skeleton structure uses 6 valence elecfrons The skeleton structure uses 6 valence elecfrons
so 18 more electrons need to be allocated. so 18 mare electrons need to be allocated.
Multiple bonds are needed for each atom to Multiple bonds are needed for each atom to

achieve an octet.

achieve an octet.

.o ° ° o. ) : 2-

®ce N= ° Using a double bond instead of another lone .: I oo A double bond is used to enable all C and O
° I ° pair ensures all N and O atoms achieve an :0 —C— .: atoms fo achieve an ocfet with the available
e octef with the available valence electrons. e ° valence electrons.

f Book Quiz8.7 @ lucaspublications.com.au.J
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1.

Set 12 Molecular substances )

Use the list of terms to correctly complete the passage about covalent bonds.

Atoms form covalent bonds when () elements combine with other
non-metal elements. The atoms share a pair of valence ) forming what is
called a single bond. The bond is due to the mutual attraction of two
atomic nuclei (+) for the same pair of () electrons (-). Each of the bonded
atoms contributes one electron to the shared pair. In this way each atom (e

one valence electron by one valence electron [share one gain one].
Atoms continue this process until they achieve a () electron configuration.
This means the atoms will then have an ) in their valence level.

A pair of atoms can also form a covalent bond by sharing four valence
electrons or a triple covalent bond by sharing () valence electrons.

Use the list of terms to correctly complete the passage describing the formation and
structure of a covalent molecular substance.

Covalent bonding can produce two distinctly different types of substance known as
() and covalent network. Covalent molecular substances consist of atoms
covalently bonded to form small ) or groups of atoms. These clusters of
covalently bonded atoms are known as () . There may be two, three, four
and so on atoms in each molecule.

Intramolecular forces refer to the strong ) bonding within the molecule.
Intermolecular forces also occur () molecules. These are known to be very
weak forces. These weak intermolecular forces are generally referred to as
0) forces. When a covalent molecular substance changes phase from solid
to liquid fo gas, it is the weak (g) known as van der Waals forces that are
overcome. The much stronger () between the atoms forming the molecule
are

Predict the electrical conductivity of sucrose (common sugar) in each of the phases,
C12H22011(s), C12H22011(D) and Ci2H22041(ag). Use your knowledge of chemical bonding to
justify your predictions.

Covalent molecular substances typically have low melting and boiling points. This occurs
despite covalent bonding being a very strong form of chemical bond. Account for this
observation. Your answer should clearly refer to intermolecular forces and
intframolecular forces.

Draw Lewis structures for the following molecular substances.

a. F2 e. NHs3 i. PH3 m. SO 0. H2S04 u. HCIO:
b. H: f. H2S j. CF4 n. SO3 r. H2S03 v. HCIO3
¢ 02 g. H k. PBr3 0. (S s. H2C03 w. HClO4
d. N2 h. CH4 [. CO; p. HNO3 . HCO

Using the example of ammonia, NH3 compare the meanings of the following terms. A
labelled sketch and Lewis structure would be an essential part of your answer.

= bond pair and lone pair
= atom and molecule
= intermolecular forces and intramolecular forces

Molecular substances like hydrogen chloride (HCL), sulfuric acid (H2S04) and nitric acid
(HNOs) are poor conductors of electricity in the solid, liquid and gas phase. In this way
they are similar to all other covalent molecular substances. When dissolved in water
however, they form highly conducting solutions. This behaviour is unlike most covalent
molecular substances. Account for the unusual behaviour of these substances. (You
may need fo research the ionisation process, see 16.2 and 16.3 p138-139)

www.lucaspublications.com.au

noble gas
six
non-metal
sharing
valence
double
electrons
octet
gains
covalent

van der Waals
covalent bonds
molecules

covalent molecular
unaffected

between
intermolecular forces
covalent

clusters
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FIGURE 13 Diamond and graphite (black
lumps) both consist of pure carbon. Their
vastly different properties are caused by the
different arrangement of covalently bonded
carbon atoms. Different forms of the same
element like these are known as allotropes.

FIGURE 14 The covalent network structure of
diamond (below) has each carbon atom
covalently bonded to four neighbouring atoms.
This strongly bonded three dimensional
structure explains the high melting point and
hardness of diamond. Diamond’s melting point
is in excess of 3550 °C. This extremely high
temperature is needed to break all of the
strong covalent bonds between neighbouring
carbon atoms in the diamond structure.
carbon
atoms

covalent
bonds

8.8 Covalent network substances and carbon allotropes
Common substances that form covalent network structures include boron (B), carbon
(graphite and diamond, Fig 13), silicon (Si), silicon dioxide (Si0z, Fig 16) and silicon
carbide (SiC). Atoms in these substances form covalent bonds with multiple neighbouring
atoms resulting in a continuous array of covalently bonded atoms. (See Fig 14, 15 and
16.) This covalent network structure is unlike that of a covalent molecular material as the
strong covalent bonding extends contfinuously throughout the substance. Remember, in a
covalent molecular substance the strong covalent bonds only occur between the few atoms
within a molecule while weak intermolecular forces occur between molecules. This
different structure gives covalent network substances properties that contrast strongly with
those of covalent molecular materials.

Diamond and graphite, two allotropes of carbon (Fig 13), highlight the typical properties
of covalent network substances while showing the dramatic effect of structure in altering
these properties. In diamond each carbon atom is bonded to four neighbouring carbon
atoms in a three dimensional arrangement called a tetrahedron, a shape similar to a tripod.
(See Fig 14) This three dimensional array of covalently bonded atoms produces a hard,
brittle, non-conducting, high melting point and boiling point substance that is typical of most
covalent network substances.

In graphite (Fig 15) however, each carbon atom is covalently bonded to three neighbouring
atoms to form flat two dimensional sheets, called graphene, of interlocking hexagonal
rings of carbon atoms. Graphite consists of multiple graphene sheets stacked one on top of
the ofther with only weak bonds, van der Waals forces, acting between the graphene
layers. In this structure one valence electron from each carbon atom remains delocalised
and is able to move freely between the graphene layers. As a consequence of this different
structure, graphite is soft and a good conductor of electricity unlike diamond which is very
hard and non-conducting.

Weak van der
Waals forces bond
layers of graphene
to one another.

Figure 15 The unusual covalent network
structure of graphite (at right) has strong
covalent bonding within fwo dimensional
layers of carbon atoms. Only weak van der
Waals forces occur between these layers
with some valence electrons free to move
throughout the structure. As a result
graphite is soft, has a high melting point
and will conduct an electric current.

o s S Covalent bonds
strongly bond
carbon atoms info

2D graphene layers.

TABLE 5 Understanding the properties of covalent network substances

Non-conductors of heat or electricity: Electrons in these substances are held in fixed positions within the atom’s shells, lone pairs or covalent
bonds. As the electrons are not free to move independently they are unable to conduct electricity or heat through the substance. Graphite, an

allotrope of carbon is a notable exception where some valence electrons are delocalised (not located in a specific lone pair or bond pair) and so
are free to move throughout the structure. Consequently graphite is a good conductor of electricity.

Very hard and brittle: Strong covalent bonds occur between all atoms within a covalent network structure. (See Fig 14 and 16.) This continuous
array of strongly bonded atoms is difficult to disrupt and so these substances are characteristically hard and brittle. Graphite is a notable
exception where its atoms are covalently bonded into rings of six carbon atoms. These rings interlock to form strongly bonded, flat, two
dimensional layers. (See Fig 15.) As only weak bonding forces occur between these layers they are able to slip over one another with ease. This
causes graphite to be a soft material.

Very high melting and boiling points: Strong covalent bonds occur between all atoms within the structure. A very high temperature (high
particle kinetic energy) is needed to disrupt this continuous array of strongly bonded atoms.

silicon
atoms

FIGURE 16 Quartz is one of the more
common compounds found in the Earth’s
crust. I is a crystalline form of silica (Si02)
where each silicon atom is covalently bonded
to four neighbouring oxygen atoms while
each oxygen atom is covalently bonded to
two neighbouring silicon atoms. This produces
a covalent network structure similar to that of
diamond. As with diamond quartz is very
hard, brittle and has a high melfing point.

oxygen
atoms

Weathering of rocks that are rich in quartz,
eg granite, resulfs in the formation of small
quartz particles called sand. Erosion
accumulates these fragmented quartz
particles to form sand dunes and coastal
beaches.

sand
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8.9 Fullerenes: Newly discovered allotropes of carbon
Fullerenes are a recently discovered allotropic form of carbon. The molecule known as a
buckminsterfullerene, Ceo, or commonly referred to as a ‘buckyball’ was the first of these to
be discovered in 1985. The molecule consists of 60 carbon atoms covalently bonded info a
cage structure consisting of 12 pentagons and 20 hexagons and resembling a soccer ball
shape. (See Fig 17.) Similar cage structures have been identified with 70, 80 and more
carbon atoms. Ceo and other fullerenes accur naturally in small concentrations in soot.

FIGURE 17 The 1985 discavery of Cgo was the result of a collaborative effort between Harold W. Kroto
from the University of Sussex, Richard E. Smalley and Robert F. Curl of Rice University in Houston along
with several of their undergraduate students.

Kroto was attempting to verify the existence of certain long chain carbon structures that he and other
radio astronomers had previously identified as existing in interstellar space. Kroto hypothesized these
chains were created in the carbon rich atmosphere of red giant stars. To replicate these conditions and
test his hypothesis Kroto needed the help of Smalley who had invented a piece of equipment called a
‘supersonic cluster beam apparatus’.

The apparatus used pulsed laser beams to vaporise a small sample of graphite. The resulting vapour was
cooled and the condensed powder analysed using mass spectrometry. (See p9.) This revealed the
presence of the long chain carbon structures Kroto had hypothesised would form. Interestingly, the mass
spectrum also showed an abundance of a previously unknown substance whose mass corresponded to a
cluster of 60 carbon atoms.

The structure they proposed for Ceo is shown at left. They named their structure buckminsterfullerene
after the philosopher and architect, R. Buckminster Fuller (1895-1983), who had designed similar looking
geodesic domes. Its resemblance to a soccer hall has given it the nickname ‘buckyball’. In 1996 Kroto,
Smalley and Curl were awarded the Nobel Prize in Chemistry for their discovery of fullerenes.

While the carbon atoms within Ceo are strongly bonded to one another by covalent bonding FIGURE 18 Nanotubes are so called

there is very little affraction between neighbouring Ceo molecules (van der Waals forces because their diameter is of the order of a
ly). A [t the black or brownish solid i oft powdery material. It sublimes at nanomefre. A nanomefre is a billionth of a

onty). As alrelsu acl ) shs I5as p y ma al. Ir's sad metre, ie 1 x 10 m. A single carbon atom

800 K, and in its pure form is a semiconductor. has a diameter of around 0.15 nm and the

largest atoms are less than 0.5 nmin
Another more recently discovered group of fullerenes are the tube structures know as carbon diameter.
nanotubes (CNTs). (See Fig 18 and 19.) These were discavered in 1991 by lijima Sumio of PR e

NEC Corporation in Tsukuba, Japan. CNTs can be visualised as a graphene sheet, ie a single hexagonal rings
layer of graphite, rolled into a cylinder shape. (See Fig 15 and 23.) Along the length of the

cylinder, carbon atoms are covalently bonded into interlocking hexagonal arrangements. The

ends of a CNT may be open or capped off with a hemispherical arrangement of carbon atoms

bonded into interlocking pentagon and hexagon arrangements as in Ceo. Carbon nanotubes

typically have a diameter of around 1 nanemetre (1x10° m) or more and lengths of up to

several micrometres. Their length, however, is potentially unlimited and depends on the

conditions of manufacture. Nanotubes can also be produced with multiple walls where two

or three concentric CNTs of increasing diameter fit within one another. (See Fig 19.) These

are referred to as multi walled nanotubes (MWNTSs).

Every atom in a single carbon nanotube (CNT) is bonded to its neighbouring atoms by strong

covalent bonds. This gives an individual CNT great strength and flexibility. Although carbon nanotube
individual CNTs are very tiny, when compared to a steel sample of the same dimensions, (g”dzgf;?abce
they are much stronger and lighter with a tensile strength of around 100 times that of steel afr‘;ngemen?

and a density around a quarter. The potential of creating super strong lightweight structures
using CNTs has captured the imaginations of engineers and researchers worldwide.

CNTs also have unusual electrical properties. Depending upon their diameter and FIGURE 19 The 3D representation above is
symmetry they can be semiconductors or excellent conductors. Individual CNTs are capable of a multi walled carbon nanotube open af
of carrying current densities 1000 times greater than metals like copper or silver. CNTs can hoth-ends;

also conduct current down the tube length producing almost no heating effect, a major
advantage over other conductors. These properties suggest a wide range of potential uses
from globe filaments and efficient power transmission to electronic semiconductor devices
such as fransistors, diodes and computing applications.

Fullerenes have generated great interest due to their unique mechanical, optical and
electrical properties. The extremely large surface area of these structures and their ability
to act as molecular containers as well as their potential to bond to surfaces and allow other
structures to bond to their surface suggest a variety of applications may be possible. The
study and potential application of fullerenes and other similar structures has evolved into a f Book Quiz8.9. J
whole new field of scientific endeavour known as nanotechnology. (See p65-6.)

f complete Set 13. )
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structure
germanium
weak

high

every atom
molecular
covalently
silicon
molecules
vast array

FIGURE 20 Diamond and graphite (pencil
‘lead’) both consist of pure carbon. Their
vastly different properties are caused by the
different arrangement of covalently bonded
carbon atoms. (See Fig 14 and 15 p62.)

Find out more! Try an internet search for
cubic BN or hexagonal BN.
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‘Set 13 Covalent network substances and carbon allotropes,

1.

The following passage describes the bonding and structure of covalent network
substances. Use the list of terms to complete the passage.

bonded to one another
within the sample. The abhility

Within a covalent network material atoms are ()
forming a single vast array that involves ()

to form such vast arrays of covalently bonded atoms relies on the o bonding
capacity of group 14 elements like (@ , (@ and
) . Other elements like boron and nitrogen can also form covalent network

substances.

The nature of the covalent bonds within a covalent network substance is the same as
those in a covalent (g) substance. The vast difference in properties between
covalent molecular and covalent network substances is caused by a difference in
(h) . Covalent molecular substances have a structure where small numbers
of atoms covalently bond to one another forming clusters of tightly bonded atoms
known as ¢ . Only ¢ van der Waals forces exist between the
molecules. By comparison, in a covalent network substance every atom in the sample is
covalently bonded to its neighbouring atoms to form one single
® of covalently bonded atoms.

Carbon dioxide (€02) is a gaseous substance present in low concentrations in the Earth’s
atmosphere (x0.04% by volume). The substance silicon dioxide (Si0z) is present in
vast quantities in the Earth’s crust. It is commonly known as quartz or sand. Despite
their similar looking formula these substances are quite different. Compare the
structure and bonding of carbon dioxide (C0) with that of silicon dioxide (SiGz). Thus
account for the different phase of carbon dioxide and silicon dioxide.

Diamond and graphite (see Fig 20) are two allotropes of carbon which both form a
covalent network structure. These substances have extremely high melting points.
Diamond is a non-conductor of electricity and the hardest known naturally occurring
material. Graphite however, is soft and a reasonable electrical conductor. Compare and
contrast these allotropes. Consider the following:

= \What are allotropes?
= (Compare the bonding and structure of these two allotropes.

= Relate their different physical properties of hardness and electrical conductivity to
their particular structure.

The compound boron nitride, BN occurs in two different allotropes. Both forms have a
covalent network structure. Cubic BN has a structure much like diamond while
hexagonal BN has a structure much like that of graphite.

a. What physical properties would you expect for hexagonal BN?

b. Draw a section of a single layer of the hexagonal BN. Clearly indicate the boron and
nitrogen atoms as well as the covalent bonds.

¢. Although hexagonal BN has many properties in common with graphite it does not
conduct electricity. What can you conclude regarding the valence electrons in
hexagonal BN?

d. Which of the allotropes would be most suited to use on the tips of cutting tools like
a saw blade or machining tool for cutting metal? Justify your choice.

The group of substances called fullerenes are recently discovered allotropes of carbon.
The following questions relate to these allotropes.

a. Scientific research is often described as a collaborative or team effort with major
discoveries often being unexpected. In a few lines use the discovery of Ceo to
elaborate on these points.

b. Briefly describe the structure of a Ceo molecule.

. Materials like Ceo are sometimes referred to as nanoparticles. \What does the prefix
‘nano’ mean and how is this related to the particles of Ceo?

d. Would you expect a solid sample of Cso to be soft or hard? Justify your answer with
reference to its structure and bonding?

© Lucas Publications



6. Carbon nanotubes (CNTs) are also fullerenes. These too are a fairly recent discovery.
Answer the following questions regarding CNTs.

a. CNTs are described as being like rolled up sheets of graphene. What is graphene
and why doesn’t it have a formula like Cso does? Include a 2D sketch of a section of
graphene and label the atoms, bonds and ring structures that are present.

b. One application of CNTs involves adding them to plastics to produce composite
materials with greater strength. What property of CNTs give plastics this extra
strength and in terms of bonding and structure why should a CNT have this property?

¢. What are some other properties of CNTs?

8.10 Nanotechnology

Nanoparticles are parficles with at least one dimension in the 1-100 nanometre range.
(1 nanometre = 1 nm = 1 x 10”° metres.) Nanotechnology involves the study of nanoparticles
and structures as well as their manufacture and potential use. Nanoparticles often have
properties that differ greatly from those of the bulk material of which they are made. Many
of these unique properties are due to quantum effects that result from their small particle
size.

Zinc oxide and tfitanium oxide for example are white opaque solids that give excellent UV
protection. In their macro particle form (fine particles but larger than nanoparticles) they are
the active ingredient in some sunscreens and cosmetics. A disadvantage of these products is
the visible white opaque layer they leave on the skin. (See Fig 21.) A new alternative uses
Zn0 and Ti0; in the form of nanoparticles. In this particle size range an inferesting quantum
effect occurs as Zn0 and Ti0z become invisible while still protecting against UV exposure.

Various optical effects like these are commonly shown by nanosized particles. The varied
colours seen in the solutions in Fig 22 are due to the presence of different size nanoparticles
of cadmium selenide, CdSe. These particles, known as quantum dots, are finding
application as biological tracers due to their stability and bright and varied colours. Quantum
dots also exhibit unique electrical properties that may find application in the future
technology of quantum computing.

range of colours.

Carbon nanotubes, CNTs also exhibit electrical properties quite different to the material
from which they are composed. Graphite for example, a conductor of electricity, is
composed of stacks of graphene sheets loosely bonded fogether. (See Fig 15.) When
these graphene sheets are in the form of a CNT structure (Fig 23) they show quite
different patterns of conductivity to graphite. Depending upon their dimensions and
symmetry, CNTs can be excellent conductors of electricity or semiconductors. Their wide
range of electrical properties and excellent thermal conductivity indicate the potential
for using CNTs to create nano-sized transistors and diodes.

Stanford University’s School of Engineering recently reported in the science journal,
‘Nature’ (September 2013) the first computer made entirely of carbon nanotubes. While
this particular computer is described as basic, consisting of 178 transistors, it was able to
count and sort numbers as well as run its own operating system. Importantly, its
development demonstrates proof of cancept for the use of CNTs in this way and will likely
encourage further research in this field. CNTs have potfential advantages in this area as
they can potentially be manufactured into thinner layers than silicon and are much maore
efficient at carrying currents. CNTs could result in computers that are smaller, faster, more
energy efficient and run cooler than silicon based computers.

www.lucaspublications.com.au

FIGURE 21 Many cosmetics and sunscreens
rely on the UV protection of opague Zn0 and
Ti0y. Preparations like these leave a white
opaque film on the skin as seen below.

|
i
Similar preparations using Zn0 and Ti0; in
the nanoparticle form are invisible but still
afford the same UV protection. This change
in opacity is a quantum effect that depends
on particle size.

FIGURE 22 The unique colours produced by these solutions/colloids is due
to the presence of nanosized particles called quantum dofts. The colour is
produced when ultra violet light (‘black light’) is shane onto the sample.
This is an example of a quantum effect because the bulk material (CdSe)
from which the dots are made is neither soluble in water nor exhibits this

The actual colour or wavelength of light produced varies with the dot size.
The smaller the dot, the closer its colour is to the blue/violet end of the
spectrum and the larger the dof, the closer to the red end. Quantum dots
are fraditionally 2-10 nanometres in size and made from various metal
sulfides or selenides like ZnS, ZnSe, CdSe and so on.

FIGURE 23 Carbon nanotubes (CNTs) can
be visualised as rolled sheefs of graphene.
CNTs have unigue electrical properties that
vary depending upon the tube diameter and
symmetry.

carbon nanofube

graphene
sheet
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FIGURE 24 The ‘Acticoat 7" wound dressing
shown here is impregnated with nanosize
particles of silver. The silver particles have
an antimicrobial effect, helping to prevent
some bacterial and fungal infections. This
dressing is designed fo be used on wounds
like leg ulcers, pressure sores and other
chronic (long-term) wounds.

/,/7

[

N

The coloured scanning electron micrograph
(SEM) of fibres from an Aquacel-Ag wound
dressing showing the nanosize particles of
silver.

FIGURE 25 Researchers are exploring the
use of a nanocomposite material consisting
of epoxy resin and carbon nanotubes,
previously used in sports equipment, to
manufacture wind turbine blades. Blades
made this way are approximately 50 percent
lighter than comparable glass fibre blades
and much stronger. This allows for longer
blades resulting in significantly increased
power output and the ability of the wind
turbines to operate in lighter wind speed.

FIGURE 26 The Lockheed Martin F-35 is
said to be the first mass produced aircraft to
include structural nanocomposites, namely
carbon nanotube reinforced epoxy.

Image courtesy of Lockheed Martin.
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The long known antibacterial and antifungal effects of silver is due to the release of silver
ions from the silver surface. However, when used in nanoparticle form the vastly increased
surface area greatly enhances this antibacterial effectiveness. For this reason nanosilver has
found wide application in medical products such as surgical bandages (Fig 24), instruments and
masks and now in many other consumer items such as socks, children’s toys, eating utensils
and refrigerators, as well as cosmetics and personal care products. There is however, a
growing concern that such widespread and unregulated use of nanoparticles could present
unknown environmental or health risks. The extent to which these silver nanoparticles can
over time be released into the aquatic environment, for example, by washing clothing
impregnated with nanoparticles, is unknown, as is their possible effects. For this reason some
groups such as the ‘Friends of the Earth’ have called for a moratorium on the use of silver
nanoparticles in commercial products.

A new and very exciting area of nanodevice research is occurring in the medical field of
detection, diagnosis and treatment of disease, especially cancer. These technologies are in
various stages of discovery and development. Nanoparticle structures called dendrimers
for example, are being designed as molecular carriers. Each dendrimer is capable of carrying
several molecules, one that recognizes cancer cells, another that is a therapeutic agent able
to kill cancer cells, a third molecule on the dendrimer recognizes when the cancer cell dies
and vyet another is able fo signal the cancer cell’s death. The aim is to use the nanosize
dendrimer as a carrier that can deliver its therapeutic package specifically to individual
cancer cells, kill the cell and then report back to a detector on its effectiveness. These
devices would greatly reduce any side effects of the therapeutic drugs on otherwise healthy
tissue while seeking out cancer tissue at a cellular level.

It is anticipated therapeutic nanodevices like the dendrimers described above and other
diagnostic, detection and therapeutic devices like quantum dots, nanoshells and
nanopores may be available for clinical use within the next 5 to 15 years.

! Book Quiz8.10.)

8.11 Nanocomposites

Although the science of nanotechnology is new, nanoparticles and their use is not. Carbon black
for example (essentially soot) is an amorphous form of carbon consisting of particles from a
few nanometres in size to several hundred nanometres in size. Hence much of this form of
carbon is in the nanoparticle range. Carbon black has long been used as an additive in rubber
tyre manufacture. The rubber of most automotive tyres contains around 25% carbon black and
its presence in tyre rubber greatly improves resistance fo wear and abrasion. Adding higher
percentages of carbon black will increase the electrical conductivity of the tyre rubber and help
prevent the build-up of static electricity on the tyre surface. This is particularly important for fuel
fruck tyres where sparks due to static discharge could be catastrophic.

Materials like tyre rubber are known as nanocomposites and are made by adding nanosized
particles of one material to a matrix of a bulk material such as a metal, polymer or ceramic
(eg concrete). The resulting nanocomposite can have enhanced or modified properties such
as improved mechanical strength, electrical and thermal conductivity, catalytic and optical
properties. Modern nanocomposite applications involve the addition of manufactured
nanotubes or graphene to plastics like polypropylene, polystyrene, polycarbonate and
epoxy resins. (See Fig 25 and 26.) The nanotubes may make up as little as 1-5% by volume
of the nanocomposite but their presence may increase stiffness by 50% and mechanical
strength by 20%. The nanoparticles work by literally slowing down or preventing crack
formation through the polymer due to their own high fensile strength.

The potential for nanocomposites is far greater than simply improving mechanical strength
or wear characteristics. Researchers are looking at a great variety of ways to use the unique
properties of nanoparticles to produce novel nanocomposite materials. The improvement of
lithium ion batteries, used in portable electronics and electric cars, for example is limited
by the nature of the graphite present in both the anode and cathode. Graphite electrodes
are brittle and have limited electrical conductivity. An important limitation is the rate of
diffusion of lithium ions through the porous graphite matrix of the electrodes. A variety of
nanocomposites are being researched as replacements for the graphite based electrodes
used in lithium ion batteries. Some options include carbon nanotubes, graphene sheets and
nanocomposites such as two dimensional nanosheets of molybdenum sulfide coated with
one dimensional mulfiwall carbon nanotubes.
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Recently a carbon-silicon nanocomposite material has been shown fo be an effective
replacement for these graphite electrodes. A silicon based anode like this has the advantage
of having a much greater energy storage capacity, 10 times that of carbon. However,
silicon is problematic as it undergoes significant expansion and contraction during the
charge discharge cycle. This can lead to the electrode crumbling and failing to operate.
Using the carbon-silicon nanocomposite material seems to avoid this problem while
maintaining the higher energy storage capacity of silicon and good conductivity of lithium
ions through the structure.

8.12 Imaging and manipulating nanoparticles

Optical microscopes rely on magnifying an image produced by visible light that is
transmitted through or reflected from an object. However, because of diffraction effects
this only works if the object being viewed is larger than the wavelength of light being used
to view it. As the wavelength of visible light ranges from 400 nm for red light to 750 nm
for violet light it is not possible to directly observe atoms (size <0.5 nm) or nanoparticles
(size 1-100 nm) with optical microscopes. Other non-optical methods must be used fo view
such small objects.

The first of these to be devised was the transmission electron microscope (TEM) which
appeared in the middle of last century. It relies on the wave properties of an electron beam
to generate an image of a sample. The much smaller electron wavelengths, typically
100,000 times smaller than visible light photons, means it is possible to resolve much
smaller objects with an electron beam than with a light beam. TEMs generate an image by
passing the electron beam through a specially prepared, extremely thin sample. The
transmitted beam is magnified and viewed on a fluorescent screen or digitally converted to
an optical image. A newer type of TEM is the high resolution transmission electron
microscope (HRTEM), using this it is possible to achieve image resolution of around 0.2 nm.

A variation of the TEM is the scanning electron microscope (SEM). This uses a narrow
beam of electrons to scan across the surface of a specimen. The resulting signals reveal
information about the sample surface including texture, chemical composition and
structure. Data obtained this way is used to create a computer generated image of the
surface.

A newer approach to ‘viewing’ surface structures at the nanolevel involves the scanning
tunnelling electron microscope (STEM or STM, Fig 27.) It is said that the development of
the STM in 1981, with its ahility to ‘see’ individual atoms, was a crucial turning point in the
development of modern nanotechnology. The STM uses a completely different approach to
produce an image by literally ‘feeling’ the surface features of a sample. To do this it uses
an ultra fine needle (Fig 28), only two or three atoms across at its tip, that is moved back
and forth across a surface at a distance of around 1 nm. A tiny voltage applied between the
needle tip and the scanning surface produces a current by a process known as tunnelling.
This tunnelling current is very sensitive to the gap distance so a feedback process is used to
adjust the tip height (gap) to maintain a constant current. The resulting vertical motion of
the tip gives a contour map of the surface. By scanning back and forth a 3D image of the
surface structure at the atomic level can be produced. (See Fig 16 p18 and Fig 29 p68.)
STM resolution is better than 0.1 nm horizontally and 0.01 nm vertically.

The foremost device currently used fo study and manipulate materials at the nanoscale is
the atomic force microscope (AFM). (See Fig 27.) This also uses a scanning needle tip o
investigate a surface. Instead of detecting a current it operates by measuring the force
between the cantilevered tip and the surface being scanned. The size of the force is strongly
dependent on the gap distance between the tip and the surface.

The AFM has the advantage of actually being able to pick up individual atoms or
nanoparticles on a surface and deposit them in a desired location. This gives the possibility
of engineering complex nanostructures atom by atom or the ability to arrange previously
constructed nanoparticles. The tip of the AFM is made of a very hard material like silicon or
silicon nitride. The AFM also has the advantage of being able to be used on a greater range
of surfaces.

www.lucaspublications.com.au
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FIGURE 27 The scanning tunnelling
electron microscope (STM) was the
precursor for the atomic force microscope
(AFM). The AFM develops a 3D image of a
surface by measuring the force between a
cantilevered tip and the surface. The size of
this force varies with the gap width
between the tip and the surface. A laser
and a photodiode detector array measure
the movement of the tip as the force
between the tip and surface change. The
vertical tip motion is translated info a
confour line of the surface features. By
scanning back and forth a 3D contour map
of the whole surface can be produced. This
essentially maps the electron cloud density
at the surface and reveals the position of
atoms on the surface.

laser photo detector

S

cantilevered
fip

sample
surface

magnified fip view

FIGURE 28 A coloured scanning elecfron
micrograph, SEM image of a cantilever and
tip (magnified by 1000 times), as used in
the atomic force microscope, AFM.

The AFM tip has the advantage of being able
to pick up individual atoms or nanoparticles
on a surface and deposit them in a desired
location. This gives the ability to engineer
complex nanostructures atom by atom or
the ability fo arrange previously constructed
nanoparticles.

! Book Quiz8.12.)
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FIGURE 29 IBM Fellow Don Eigler became
the first person in history o move and
confrol an individual atom. On November 11
1989, Eigler and his team used a custom-
built scanning tunnelling microscope
(STM) to spell out the letters IBM with 35
xenon atoms. This unprecedented ahility to
manipulate individual atoms is said to have
signalled a quantum leap forward in
nanoscience experimentation and heralded
in the age of nanatechnology.

Image courtesy of IBM.
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8.13 Manufacturing nanoparticles

A variety of chemical and physical means can be used to create nanoparticles. Nanosized
particles of metal oxides like Ti0z and ZnG, as used in sunscreens, are produced by a physical
technique involving grinding of the bulk material in a ball mill until particles of the desired
size are achieved. Electric arc discharge is a common technique used to produce carbon
nanotubes (CNTs). This involves passing a large DC electric current between two graphite
elecfrodes, an anode and a cathode, in an inert atmosphere. This method is similar to the
method used by lijima Sumio in 1991 when he discovered the presence of needle like
structures (CNTs) in the soot that formed at the graphite cathode.

Laser ablation is another important method for producing high quality CNTs. This process
is similar to the method Smalley, Curl and Kroto used in their original discovery of Ceo. In
this technique, high powered laser pulses are used fo vaporise a graphite farget in an inert
atmosphere. The vaporised carbon atoms reassemble in the form of CNTs on a water cooled
collector surface. A small amount (x1%) of a metal catalyst such as Ni/Co may be
incorporated in the graphite farget to enhance the process. The laser ablation method has
also been used to create single walled CNTs covered with quantum dot lead sulphide
particles. These have application as photoconductive devices (devices whose electrical
conductivity increases with exposure to light) in electronic systems.

Many other techniques exist for producing nanoparticles including solution evaporation,
chemical vapour deposition, microbial synthesis and chemical precipitation from
solution. Perhaps the ultimate goal of manufacture is to construct nanoparticles one atom
at a fime by shifting them into position using something like an atomic force microscope.
This technique for constructing nanostructures was first demonstrated on November 11
1989 by Don Eigler and colleagues at IBM. (See Fig 29.) The researchers positioned 35
xenon atoms on a copper surface to spell out the company logo IBM. Although this technique
is well understood, at present there is no example of using it for commercial production of

nanostructures. ! Book Quiz8.13.

8.14 Safety of nanomaterials

While a great deal is known about the environmental, health and safety issues of the bulk
materials used in nanotechnology, eg C, Ag, Au, Zn0, CdSe and so on, very little is known
about the risks associated with their use in nanoparticle form. As discussed earlier, the
properties of nanoparticles often differ markedly from those of the parent material due to
quantum effects arising from their small particle size. For example, it can’t be assumed that
carbon nanotubes are safe simply because the bulk material carbon is safe.

Although at present there are no proven health or environmental risks associated with the
use of nanoparticles it should not be assumed they pose no risk. There are examples of
other materials that are now known fo be extremely hazardous when inhaled in their
particulate or micro fibrous form that are quite harmless as bulk materials. For example it
is now generally accepted that workers exposed to brick dust or glass fibre particles should
take precautions by wearing breathing masks even though the bulk materials are quite inert
and harmless. It might be assumed the same risks could apply to workers exposed fo
airborne nanoparticles.

At present it is difficult tfo make an informed risk assessment on the public and
environmental exposure to various nanomaterials. These materials and their applications
are appearing quickly making it difficult for researchers, safety regulators or government
legislators to keep up. Recently the Australian Government completed a four year study
(NETS) which was intended to provide guidelines for the development of the
nanotechnology industry in Australia. This is a worldwide issue and many other jurisdictions
are considering legislation and industry regulafion in this area.

f Book Quiz8.14 @ lucaspublications.com.au. J r(omplete Set 14J
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' Set 14 Review: Bonding, structure and nanotechnology

. Classify the listed substances as metallic, ionic, covalent molecular or covalent

network.

a. Nal d. Alz0s g. C j. G m. Sc p. CS2
b. Mg e. Si0; h. CH4 k. CHs0OH n. Si g. HO
c. SOz f. C0; i. H2S04 [. TiOz 0. SiC r. Sr

. Distinguish between the ferms ‘covalent bond’ and ‘covalent molecular’.

. The following list includes both molecular and ionic substances. Determine the type of
bonding present and draw a Lewis structure for each substance.

a. calcium chloride (CaClz) e. phosphorous trifluoride (PF3)
b. chlorine gas (Clz) f. magnesium nitride MgsN:

¢. hydrogen cyanide (HCN) g. formaldehyde (H.C0)

d. lithium oxide (Li-0) h. hydrogen phosphate (HsP0a)

. Complete the following table. Remember substances may exhibit more than one type of bonding. Use the most appropriate
terms to describe the bonding, structure, phase and physical properties of the listed substances.

Substance Bonding Structure Phase Physical properties
covalent, covalent molecular, solution, solid, Electrical Hard and Malleable and
ionic, metallic, covalent network | liquid or gas

metallic or ionic latftice yes/no/semi yes/no yes/no

Zn(s)

Zn(NOs)2(s)

Zn(NO3)(1)

Zn(NO0s)2(aq)

C12H22014(s)

C12H22044(1)

Si02(s)

C(graphite)(s)

C(diamond)(s)

Cso(s)

5. Many ionic substances contain polyatomic ions. Such ions may contain single, double or Remember! When drawing the Lewis
triple covalent bonds. Draw Lewis structures for the following polyatomic ions. (See structure for a polyatomic ion like NH or
border note, you may need to refer to Fig 12 and Example 2 p60.) (E) SOF, add or subtract enough valence

) ) ) ) o ) electrons to satisfy ifs charge. A negative
a. hydroxide OH C. cyanide CN e. nitrite NOz ion will have extra valence electrons equal
b. carbonate CO§" d. nitrate NO3 f. chlorate Cl03 foits charge. A positive ion will have fewer
valence electrons equal to ifs charge. (See
8.7 p60.)
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6. Choose a material with physical properties suited to the following uses. Select from the

listed substances. Justify your choice.

aluminium oxide (Al03) diamond (C) copper (Cu)

graphite (C) tungsten (W) marble (essentially CaC03)
candle wax woods metal carbon nanotubes (CNTs)
(assume to be CzsHsy) (a low MP alloy)

a. A material fo be used on the surface of an electronic circuit board. It must be able to
flex if the board bends and needs to conduct an electric current.

b. A material to be used as a sliding electrical contact. It is preferred the material itself
wears out rather than the contact over which it slides. Materials like this are used to
make electric motor and generator brushes.

¢. A material to be used as the active ingredient in a relatively inexpensive cutfting
compound like that used in certain types of metal polish. The material needs to be in
powder form and have good abrasive powers.

d. An automatic fire sprinkler is activated by temperatures of around 74 °C. The heat
causes a small plug of material to melt thus allowing water to flow to the sprinkler.
The material must be strong enough to withstand normal water pressure.

e. A reinforcing material that can be used with epoxy resins or other plastics to produce
strong and lightweight composite materials.

. Predict the formula and bonding for the compounds that form when the elements

A and B chemically combine. All of these elements are from the second or third period
of the periodic table only. The number of valence electrons for the elements is shown
in column 1 and 2.

Number of valence electrons Formula Bonding
Element A Element B covalent, ionic or metallic
1 7
1 5
2 1
3 6
4 6
6 7
7 7

8. Carbon nanotubes (CNTs) are a recently discovered (1991) allotrope of carbon. They can

be represented by the formula Gx. This is unlike a molecule of buckminsterfullerene which
has a defined formula, Cso. Also while CNTs may be only a few nanometres in diameter
their length is of the order of micrometres and potentially much greater. Describe the
bonding and structure of a CNT and account for the features described.

. Common window glass and glass used to make optic fibres are essentially mixtures of

the same materials. Common window glass or soda-lime glass is a mixture of Nax0
(=13%), Cad (=11%), K20 (=4%) and Si02 (=72%). The mixture is heated to form a
solution which when cooled becomes a clear amorphous substance known as glass.

a. The passage referred to glass as an amorphous substance. \What does this say about
the structure of glass? (Use a text book or internet search.)

b. Why is glass referred o as a mixture and not a compound?

¢. What types of bonding are present within glass? Justify your answer.

d. It is well known that glass is a strong but brittle substance. Can ifs properties be
justified with reference to its chemical composition? Explain.

© Lucas Publications




10. The chiton is a marine animal with a flat oval shape and eight segments to its body. FIGURE 30 This fop view of a chiton shows
(See Fig 30.) It attaches itself to rocks at the tidal zone. Along its central underside are eight overlapping shell sections held in place
two parallel rows of teeth (radula) which it uses to feed by scraping algae from rock with a girdle of softer tissue. Its radula are
surfaces over which it slowly moves. Research has shown that its teeth are capped with found in two parallel rows on its underside.

a layer of insoluble crystalline FeQ.Fe;0s. Below is an image of a chiton commonly
found in the waters around New Zealand.

.

a. The passage referred to a crystalline FeQ.Fe;0s layer. What does the term crystalline
tell us about the structure of the FeQ.Fe;0s layer?

b. The major component of the rocks onto which chitons attach themselves is silica
(Si0z). How does the presence of Si0; affect rock hardness? Explain.

c. Explain why the presence of a crystalline Fe0.Fe;03 layer on chiton teeth can be an
advantage to the chiton?

11. Nanotechnology involves the study of nanoparticles including their structure,
properties, manufacture and potential use.

a. Define a nanoparticle and give two examples that do not involve carbon.

b. Nanoparticles often exhibit quantum effects. Describe what is meant by a quantum
effect as applied to nanoparticles and give an example to support your answer.

12. Materials like fibreglass and carbon fibre reinforced plastics are common examples of
composite materials. These have been used for many decades to produce strong,
flexible and relatively lightweight structures as diverse as golf club shafts, aerospace
components, buildings and automotive parts. A relatively new type of composite are
nanocomposites.

a. What is a nanocomposite? Use an example to illustrate your answer.
b. Why are nanocomposites potentially superior to fiberglass and carbon fibre plastics?

13. Nanotechnology researchers are developing a new range of products called
nanodevices. A potential application in the field of medical diagnoses and treatment,
involves the use of nanostructures called dendrimers. (See p66.) It is hoped these will
provide a better way of administering cancer drugs to treat cancer patients . Briefly
describe the structure of this nanodevice (see p66) and explain why it is called a
nanodevice rather than a nanoparficle.

14. Laser ablation is one of the many techniques used to produce nanoparticles. Briefly
describe how this process works. Name some of the other techniques used to produce
nanoparticles.
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CHAPTER 9 | PERIODIC TRENDS

! Book Quiz9.1.)

FIGURE 1 The atomic radius of a metal atom
is defined as being half the distance between
the centres of two adjacent atoms in the
metallic lattice, ie Vad.

For non-metal atoms that form diatomic
molecules (eg F, Hz) atomic radius is half the
distance between the centres of two bonded
aftoms, ie d.

tood
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.
.

fAttempt Set 15 # 1 and 2.)

72 Chapter 9

9.1 Chemical periodicity

As outlined in Chapter 7 the physical and chemical properties of the elements show
gradual changes with atomic number. It is also evident that these changes in properties are
periodic. This means that at certain intervals of atomic number (2, 8, 8, 18, 18 and so on)
there occur elements of very similar chemical and physical properties. The electron
configuration of the elements show a similar repeating pattern in their valence shell
electron structure. In this chapter we explore in detail some of these properties and see
how they are related to an element’s position in the periodic table.

9.2 Periodic trends: Atomic radius

This graph of atomic radius against atomic number (Fig 2) shows there is a clear
relationship between an atom’s radius (Fig 1) and its position in the periodic table.

250

FIGURE 2 Graphing the atomic radius of the
K ® elements against their atomic number reveals
two clear frends.
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= Atomic radius of the elements increases down

any group of the periodic table. As seen here
with Li, Na and K and also He, Ne and Ar.
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The decrease in atomic radius that occurs for elements further to the right in any period
(eg Lito He) might be unexpected but is primarily due to the atom’s increasing nuclear charge. A
higher nuclear charge (positive) increases the attraction of electrons (negative) bringing them, on
average, closer to the nucleus thus resulting in a decrease in atomic radius. So despite the increasing
number of protons, neutrons and electrons, atoms further to the right in a period show a decrease
in size as measured hy their atomic radius.

The trend of increasing atomic radius down any group of the periodic table (eg Li, Na, K) is
due to the higher shell number of the outer electrons for elements lower in a group. This
occurs as at the start of each new period electrons commence filling the next highest
numbered shell. These higher numbered shells are on average further from the nucleus and
so atoms further down a group will have a larger radius despite their larger nuclear charge.

9.3 Periodic trends: First ionisation energy

An element’s ionisation energy is a measure of how strongly it holds onto its electrons.
Importantly ionisation energy greatly affects an element’s tendency to form positive or
negative ions. This in furn has implications for the type of bonding the element will undergo
with itself and with other elements. (See 9.6 and 9.7.)

Specifically the first ionisation energy (E1) of an element measures the minimum amount
of energy needed to remove the single most loosely bound electron from an atom in the
neutral gaseous state.

Na(g) + B2 — Na'(g) + e E1 represents the first ionisation energy for sodium

The graph in Figure 7 shows there is a periodic relationship between an element’s first
ionisation energy and its atomic number or position in the periodic table.
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The trends in first ionisation energy of the elements as seen in Figure 3 can be explained in

terms of three factors:

@ The atom’s nuclear charge: An atom’s nuclear charge depends upon its number of protons
(atomic number). A greater nuclear charge (+) means electrons (-) are aftracted more
strongly fo the nucleus and so ionisation energy increases with increasing nuclear charge.

@ The distance between the nucleus and the outermost electron (atomic radius): As
atomic radius increases so the strength of attraction between the nucleus (+) and the
outer electron (-) decreases. Thus ionisation energy decreases with increasing atomic radius.

® Shielding by inner electrons: Each electron in the atom’s electron cloud repels each
other electron. Thus the more electrons there are between the outer electron (the one
to be removed) and the nucleus (to which it is attracted) the more easily the electron
is removed and the lower the ionisation energy. (See border note.)

Using these ideas, the frend to increasing ionisation energy that occurs for elements further
to the right in any period is due to the atom’s increasing nuclear charge (©
atomic radius (@

the atom’s increasing nuclear charge. Instead the reducing ionisation energy is a result of the
outer electrons being located in progressively higher shells. Thus electrons are further from the
nucleus (increasing atomic radius) and ionisation energy will decrease (@

effect (®

9.4 Periodic trends: Electronegativity

The property of electronegativity is defined as the ability of an atom in a molecule to attract
electrons to itself. Of all the elements caesium (Cs) has the lowest electronegativity, 0.7
while fluorine (F) has the highest electronegativity, 4.0. Generally non-metal elements
have the highest values of electronegativity. This is to be expected as these elements typically
gain electrons to form negative ions. Conversely, metals have low electronegativity.

Within the periodic table there is a general trend of increasing electronegativity from left
to right in any period. Down any group the electronegativities show a gradual decrease.

(See Fig 4.) ! Book Quiz9.4. [ attempt set 15 # 5.

9.5 Periodic trends: Valence electrons and bonding capacity
Valence electrons are those electrons in the outermost shell (highest numbered shell) of
an atom. (See p50.) All elements in any given group of the periodic table have the same
number of valence electrons. Group 1 elements for example all have one valence electron
while group 2 elements all have two valence electrons. (See Table 1.)

For the main group elements there exists a strong relationship between the element’s group
number and its ionic bonding capacity. Metallic elements from group 1, 2 and 13 for
example typically form 1+, 2+ and 3+ ions respectively when forming ionic compounds.
Thus the fluorides for these elements are ionic with the general formulas MF, MF, and MF3
where M is the group 1, 2 or 3 element respectively (eg, NaF, MgF, and AlF3). Non-metal
elements from groups 15, 16 and 17 typically form 3-, 2- and 1- ions respectively when
forming ionic compounds, eg NasP, NazS and NaCl.

www.lucaspublications.com.au

FIGURE 3 A graph of the first ionisation
energy of the elements plotted against their
atomic number. A different colour is used to
highlight the elements of each period, ie
brown 1°" period, green 2™ period and so on.
The graph reveals two clear frends:

= |onisation energy increases from left to right
in any period of the periodic table, eg the
elements Li through to Ne.

= |onisation energy decreases down any group
of the periodic table, eg Li, Na, K, Rb and Cs.

Shielding is mainly due fo core electrons, ie
those in the filled inner shells. These cause
the effective nuclear charge (Z.#) felt by
valence shell electrons to be significantly
less than the actual nuclear charge (Z). This
then reduces the overall affraction between
the outer electrons and the nucleus.

Shielding due fo neighboring electrons in the
valence shell is much less significant. For
this reason a major increase in the shielding
effect occurs at the start of each new
period.

! Book Quiz9.3.)
fAttempt Set 15 # 3 and 4.

FIGURE 4 Electronegativities of the main
group elements.
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Metal elements like Na, Ca, Cu, Fe, Al, Ni and
so on show a number of common physical
properties. All metals are:

good conductors of electricity

good conductors of heat

malleable and ductile

shiny (when scratched)

solids af room temperature (excepting
mercury which is a liquid).

Oxygen reacts with most metal elements fo
produce a metal oxide containing the 0% ion.
With the alkali metals the reactions are more
complex. While Li does produce an oxide, Li0,
the other alkali metals; Na, K, Rb, Cs and Fr,
produce either a peroxide (containing the
peroxide ion, 0%, eg Nax02) or a superoxide
(containing the superoxide ion 0; eg KO2).
Sodium can also form an oxide, ie Na;0 if the
oxygen supply is limited.

74 Chapter 9

TABLE 1 Bonding capacity of the main group elements.

Main Group 1 2 13 14 15 16 17 18
Number of valence electrons 1 2 3 4 5 6 7 8
Usual ionic bonding charge 1+ 2+ 3+ 4+or4- 3- 2= 1- nil

Covalent bonding capacity  nil nil nil  4bonds 3bonds 2bonds 1 bond nil

When non-metal elements share electrons with other non-metal elements (called covalent
bonding) they do so until they achieve an octet in their valence shell. For this reason a
strong relationship exists between an element’s covalent bonding capacity (the number
of covalent bonds it forms) and its group number. This can be seen in the hydrides of the
elements C (group 14), N(group 15), O (group 16) and F (group 17). (See Fig 5.)

H
o .® ° °
Ho:CeH HoNsH O. H HCF
° L4 °
H H H
C, group 14, forms N, group 15, forms 0, group 16, forms F, group 17, forms
4 covalent bonds 3 covalent bonds 2 covalent bonds 1 covalent bond

FIGURE 5 The covalent bonding capacity for the elements from groups 14 to 17 are represented here by the
elements C, N, 0 and F. As can be seen these elements have a covalent bonding capacity of 4, 3, 2, and 1 covalent
bonds respectively. It must be noted this represents their usual number of covalent bonds. Elements can use their
lone pairs to form extra covalent bonds. Also elements like oxygen may form fewer covalent bonds than expected
by using donor bonds. These are bonds where an element accepts two electrons in a single bond without using any
of its valence electrons.

! Book Quiz9.5. JJf Attempt set 15 # 6.

9.6 Understanding metallic properties (E)

Metallic properties are typical for elements with low ionisation energy. A low ionisation
energy is essential if atoms are to form the positive ions required for the metallic structure
(see 8.2 p54-5) that gives metals their unique physical properties. (See border note.)
Consequently metallic elements are only found on the left side of the periodic table where
ionisation energies are low. This relationship is also seen in the groups of the periodic table
where from top to botfom down any group, as the atom’s ionisation energies decrease, so
the element’s metallic properties increase. This is especially evident in groups 14, 15 and
16 where elements range from non-metallic at the top of each group (C, N and 0) fo
metallic at the bottom of each group (Pb, Bi and Po).

Metallic elements are typically good reducing agents, ie they fend to lose electrons and
become oxidised, when reacting with substances like acids, oxygen and water. This property
is also associated with their low ionisation energy. Remember, a low first ionisation energy
means an atom’s outer electron is easily lost. Group 1 elements for example have
particularly low ionisation energies (Fig 3) and their reactions with acids, water, oxygen
(see border note) and chlorine are all vigorous. The reactions shown here are
representative of all the metallic elements from group 1 (Li, Na, K, Rb, Cs and Fr).

2Na(s) + 2H"(ag) — 2Na'(ag) + Ha(g)
2Na(s) + 2H.000  — 2Na*(ag) + 20H(ag) + Ha(g)
2Na(s) + Cl(g) —  2Nadl(s)

In each of these reactions the group 1 metals form ionic compounds by losing their single
valence electron to form a 1+ ion.

While group 2 metals show similar reactions they tend to be less vigorous than those of
group 1. This can be attributed to their slightly higher ionisation energies. The impact of
ionisation energy is also seen within group 2. As ionisation energy decreases down the
group (Fig 3 p73) there is a corresponding increase in reactivity. For example, beryllium at
the top of the group (highest ionisation energy) isn't oxidised by water, the next element
magnesium is slowly oxidised by steam [Hz0(g)] the remaining metals calcium, strontium
and barium (lowest ionisation energies) are all readily oxidised by cold water [H20()].
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Be(s) + H0(g) — No reaction increasing decreasing
metal metal

Mg(s) + 2H:0(g) — Mg(OH)a(s) + Ha(g) reactivity ionisation

Ca(s) + 2H:00) — Ca(OH)z(s) + Halg) Energy

Sr(s) + 2H.0() — Sr(0H)z(s) + Halg)
In each of these reactions the group 2 metals form ionic compounds by losing their two
valence electrons to form 2+ ions.

9.7 Understanding non-metal properties (E)

Left to right across each period of the periodic table the elements show increasing
ionisation energy. As a result elements further to the right in a period become
progressively less able to form positive ions and hence less able to form metallic structures.
At some point in each period the tendency for elements to form metallic structures with the
associated paositive ions and sea of electrons (Fig 4 p54), is overcome by a tendency for
elements to share electrons with one another by forming covalent bonds.

The group 14 elements of highest ionisation energy; carbon (a non-metal), silicon
(a metalloid) and germanium (a metalloid); achieve an octet in their valence shell by
forming covalent bonds. Each atom shares all four of its valence electrons with
neighbouring atoms to form four covalent bonds. As a result, they form covalent network
structures with physical properties of high hardness and brittleness, high melting and
boiling points and semi conducting or non electrical conductivity. (See 8.8 p62.)

Elements in the upper right of the periodic table are characterised by having the highest
ionisation energies, highest electronegativity and most valence electrons. Many of these
non-metals need only a few covalent bonds fo achieve a full valence shell. Group 17
elements for example all have seven valence electrons and thus form diatomic molecules
with a single covalent bond (eg F», Clz, Brz and I2). The group 18 non-metal elements (the
noble gases He, Ne, Ar, Kr, Xe) already have eight valence electrons and so do not normally
bond to other atoms. These elements exist as monatomic gases. The molecular non-metal
elements from group 15, 16 and 17 exist as gases or low melting point solids or liquids at
room temperature, ie N2(g), Pa(s), 02(g), Ss(s), Ses(s), Fa(g), Cl2(g), Brz(1) and I2(s). (See Fig 6.)

The high ionisation energy and high electronegativity of non-metal elements means in
chemical reactions with metals they tend to be reduced (gain electrons). In doing so the
non-metal atoms form negative ions with an octet in their valence level. (See ionic bonding
8.3 p56-7.) Group 17 elements for example have particularly high ionisation energies and
electronegativities and their reactions with metals are typically rapid and release a lot of
energy. The reactions shown here for chlorine are representative of the group 17 elements
F2, Clz, Brz and 2.

(g + 2Na(s) — 2NaCl(s)
Ch(g) + Cals) — Calke)
3C(g) + 2Als)  — 2AIC()
In each of these reactions, Cl atoms gain one electron forming a 1- ion with eight electrons
in their valence shell. While this is typical of other group 17 elements the reactivity
decreases down the group (ie Fz is most reactive while I; and Atz are the least reactive).

This pattern is in line with the decreasing electronegativity (tendency to gain electrons)
going down the group.

Group 16 elements like oxygen and sulfur have similar though less vigorous reactions with
metals where they form 2- ions with eight electrons in their valence shell.

00g) + 4Lis) — 2Li:00)
020g) + 2Ca(s) — 2Ca0()
302(g) + 4AIG) — 2AL0s()

www.lucaspublications.com.au

! Book Quiz9.6.

fAttempt Set 15 # 7.}

Non-metal elements are characterised by
poor electrical and heat conductivity. Most
are gases at room temperature while those
that are solids are brittle.

FIGURE 6 It must be noted that some of the
non-metal elements exist in a variety of
allotropic forms with different molecular
structures ofher than those listed here.
Oxygen for example normally occurs as 0z
however, it also exists as ozone, 03. The
yellow, solid form of sulfur commonly used
in the laboratory is rhombic sulfur which
consists of puckered Ss rings of sulfur atoms.

The rhombic

sulfur crystals

pictured here

consist of ring f
shaped Ss/

molecules. o

Heating rhombic sulfur above its melting point
(113°C) causes it to change fo a viscous red
liquid. In this allotrope of sulfur the Ss rings
have broken open and joined to one another
to form long chains of sulfur atoms with no
specific molecular formula.

! Book Quiz9.7.

fcomplete Set 15.)
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FIGURE 7 Graph of atemic radius against atomic

number for the first twenty elements.
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Set 15 Periodic trends )

Contrary to expectations, the size of an atom as measured by its atomic radius, does
not simply increase as the number of subatomic particles in the atom (protons, neutrons
and electrons) increases. Figure 7 shows that left to right in a period of the periodic
table the atomic radius actually decreases as the atomic number increases.

a. Use a labelled sketch to show what is meant by atomic radius of a metal element.

b. Explain how the data in Figure 7 supports the statement, “Left to right in a period
of the periodic table the atomic radius decreases as the atomic number increases”.

¢. Account for the trend in atomic radius across a period of the periodic table.

d. What is the trend in atomic radius for the elements within a groeup of the periodic
table? Support your answer with data from Figure 7.

e. Account for the frend in atomic radius within a group of the periodic table.

Use your knowledge of atomic radius to answer the following.

a. Which element from the third period of the periodic table has the smallest atomic radius?
b. Rank the following elements in order of increasing atomic radius: Br, F and Cl.

¢. Rank the following elements in order of increasing atomic radius: Br, Ca, Cu.

Complete the following passage by selecting the correct terms from the ones listed.

lonisation energy is an atomic property that affects an element’s chemical and
@ properties. The first ionisation energy of an element is defined as the
(b) energy required fo remove the (o bound electron
from a neutral atom in the ()

The equation for the ionisation of a sodium atom and its first ionisation energy (E1) is

represented here:

Na(gy + E1 — -

Importantly the lower an atom’s first ionisation energy the more easily it can form
M jons.

When ionisation energy is plotted against atomic number a (g) is
evident where ionisation energy inifially increases with increasing

then suddenly decreases before resuming its steady increase. This pattern is clearly
evident in the periodic table where ionisation energy generally ) from
left to right in all periods and ) from top to bottom in all groups.

The increase in ionisation energy from left to right in a period is attributed to increasing
®) that gives rise to stronger attraction between the nucleus and the
electrons. Decreasing ionisation energy down a group occurs despite increasing nuclear
charge. This happens as the outermost electrons for elements lower in a group occur in
higher shells which are a significantly o from the nucleus. Thus these
electrons are more weakly aftracted fo the nucleus. As well as this, an increased
(m) effect by inner electrons (core electrons) also contributes to the
decreasing ionisafion energy down a group.

The first ionisation energy of magnesium, calcium and strontium are given here.

Stronfium
0.556 MJ mol™”’

Calcium
0.596 MJ mol™’

First ionisation
energy

Magnesium
0.738 MJ mol™
a. Where do these three elements occur in the periodic table?

b. Account for the trend in first ionisation energy of these elements. In your answer you
should refer to refer to atomic radius, nuclear charge and electron to nucleus attraction.

¢. Would you expect the first ionisation energy for sodium to be higher or lower than
that of magnesium? Explain.
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. Rank the following elements in order of the property given. State your reason for the
ranking with reference to the expected group or period trends generally shown in the

periodic table.

Property Reason for ranking
a. lonisation energy: Mg, Ar, P
lowest highest
b. lonisation energy: (|, F, Br
lowest highest
¢. Atomicradius: Ga, Ca, Br
lowest highest
d. Atomicradius: |, F, Cl
lowest highest

lowest

e. Electronegativity: N, O, C

highest

lowest

f. Electronegativity: 0, Br, Mg

highest

lowest

g. Number of valence electrons: Ca, K, Ga

highest

. Predict the formula and type of bonding for the compounds that form when the
elements A and B chemically combine. The periodic group number for the elements is
shown in column 1 and 2. State the bonding type as metallic, ionic or covalent.

Periodic table group number

Element A

Element B

Formula

Bonding
covalent, ionic or metallic

16 (non-meftal)

17

13 (not boron)

16 (non-metal)

14 (not Sn or Pb)

14 (not Sn or Pb)

1 (not H) 15 (non-metal)
13 (not boron) | 17
2 16(non-metal)
17 17

7. The elementsin any group of the periodic table are said to increase in metallic character
down the group. (E)
a. State the physical properties that are typical of metallic elements.
b. Name two groups where this trend is most evident. Briefly justify your choice.

c. This group trend for metallic properties is said to be related to ionisation energy of
the elements. \What is the frend in ionisation energy within a group and how does
this account for the increasing metallic nature of the elements in that group?

8. Consider the elements of the third period of the periodic table (elements Na to Ar). For
this period describe the relationship between the element’s periodic group number
(ie1,2,13, 14,15, 16, 17 or 18) and its:

a. covalent bonding capacity with hydrogen
b. ionic bonding charge (valence).

www.lucaspublications.com.au
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9. Many metal elements react with water to produce an ionic metal hydroxide and
hydrogen gas. In some cases the reaction is vigorous or almost violent, (Fig 8) while
with other metals the reaction only happens with steam or not at all.

FIGURE 8 The group 1 mefal, potassium, a. Write ionic equations for the reaction of potassium and calcium with water.
(below right) reacts violently with water ) ] )
producing potassium hydroxide and b. Although all group 1 metal elements react strongly with water there is a trend in
hydrogen. Heat from this vigorous reaction reactivity where elements lower in the group react most vigorously. For example,

ighites the hydrogen producing a

characteristic bright pink flame. Li reacts moderately with water while potassium reacts vigorously (possibly

exploding!) when added to water. Use your knowledge of ionisation energy of
group 1 metals to account for their reactivity with water.

¢. Typically group 2 metals react more slowly with water than group 1 mefals. In
particular beryllium (Be) shows no reaction with water, magnesium (Mg) reacts
with steam only while the remaining metals all react with cold water.

i.  Use your knowledge of ionisation energy to account for the differing reactivity
of group 2 metals with water compared to group 1 meftals.

ii. Intheir reaction with water, group 1 metals form 1+ ions while group 2 metals
form 2+ ions. Use your knowledge of periodic trends in valence electrons to

The group 2 metal, calcium, (above left) account for this observation.

has a similar though much less vigorous ii. Use your knowledge of ionisation energy to account for the variation in
reaction with water. . . .
reactivity of the different group 2 metals with water.

10. Refer to the properties of the elements A, B, C and D and then choose one that fits the
descriptions given. If no element matches the description given write nil.

Element First ionisation energy Number of valence Electronegativity
electrons
A Medium 4 2.6
B Low 1 1.2
C High 7 3.5
D High 6 1.1

a. anelement most likely to form ions with a 1+ charge

b. the element most likely to form a single covalent bond with other non-metal
elements

an element whose properties favour a metallic structure
the element most likely to form a covalent network structure
the element belonging to group 18 of the periodic table

-~ o o N

an element whose properties are inconsistent with known elements.

11. Consider the fluorides of the third period elements.
NaF MgF, AlFs SiFa PFs SF. CIF

a. Classify the bonding in these fluorides as ionic bonding or covalent bonding?
Justify your answer with reference to electronegativity and ionisation energy.
b. Account for the different covalent bonding capacity of Si, P, S and Cl.

¢. Account for the different ionic bonding capacity of Na, Ca, and Al.
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CHAPTER 10 | INTRODUCING MOLES

FIGURE 1 The Latin translation of mole is

‘massive heap’. Avogadro’s number is so
large that this many grains of sand (of
diameter ~ 0.5 mm) could cover the surface
of Australia fo a depth of x7 m and have a
mass of around 200 million million tonnes!

In quantitative chemistry the particular value
of 6.022 x 10%, ie one mole, has a special
significance.

A single atom of the isotope "2C (carbon-12)
has a very small mass, 1.99265 x 107 g.
Avogadro’s number however, is such that this
number of "*C atoms (ie 6.022 x 107> atoms
of 120) has a mass of exactly 12 g. This mass
is equal to the relative atomic mass of '°C,
ie exactly 12, expressed in grams.

In every case, one mole of atoms

(ie 6.022 x 102 atoms) of any isotope will
have a mass equal o the isotope’s relative
atomic mass (Ar) expressed in grams.

Using this concept allows Chemists to count
atoms, molecules or ions by simply weighing
a sample of the relevant substance.

! Book Quiz10.2.)

fAttempt Set 16 # 1.}

Most substances consist of particles that
contfain two or more atoms or ions which
combine to form a single molecule or
formula unit of the substance. The formula
of these substances shows the number of
each atom or ion that makes up a single
‘particle’ of the substance.

A single particle of oxygen gas for example
consists of a cluster (molecule) containing
two oxygen atoms. This is shown by its
formula 0z. Similarly a single particle
(molecule) of water, H20 consists of two
hydrogen atoms and one oxygen afom.

A single formula unit, (a hypothetical
particle) of the ionic substance Al(S04)s
consists of two AP ions and three SOZ” ions.

! Book Quiz10.3.)
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10.1 The mole concept

When substances combine in a chemical reaction they do so at a particle level, combining in
whole number particle ratios, ie one particle (atom, ion or molecule) of one substance may
combine with one particle of another and so on. For this reason it is important that chemists
are able fo count particles of a substance. The mole (mol) is the standard chemical unit for
describing the amount of a substance in numbers of particles. The mole is a number equal to
6.02 x 10%, known as Avegadro’s number. One mole of a substance contains 6.02 x 107
particles (ie atoms, ions, molecules or formula units) of that substance. (See Fig 1.)

* Book Quiz10.1 @ lucaspublicafions.com.au.J

10.2 Molar mass of the elements

The mass of different atoms varies according to the number of subatomic particles (protons,
neutrons and electrons) it contains. A carbon-12 atom for example has a mass of
1.9926 x 102 g while a sulfur-32 atom has a mass of 5.3091 x 10% g. For convenience
the periodic table of the elements lists data for the relative atomic mass of the different
elements. Relative atomic mass compares the mass of an element’s atoms (taking into
account its various isotopes and their abundance) to one twelfth the mass of a carbon-12
atom (which is =1.660 x 10* g). Thus sulfur has a relative atomic mass of 32.07 as its
atoms are on average (allowing for its various isotopes and their abundance) 32.07 fimes
the mass of one twelfth of a carbon-12 atom.

The molar mass (M) of an element is defined as the ‘mass of one mole of its atoms’. One
mole of carbon-12 atoms is defined as having a mass of exactly 12.0 g. For all other elements
the molar mass is equal fo the element’s relative atomic mass expressed in grams.

EXAMPLE 1 Use a periodic table to find the molar mass

M(Na) = 22.99 g molj Using a periodic table (see the inside back cover) look up the relative atomic
M(S) = 3207g mol_1 mass for each element. This gives the molar mass of the element, ie the
I\I\::gl)) = ?:?84; g mU{_1 mass of 6.02 x 102 atoms of the element. Quote your answer in g mol ™.

n) = 118.7gmo
M(Fe) = 55.85 g mol”

Knowing the molar mass of an element provides a way of indirectly counting its atoms by
weighing on a mass balance. Thus weighing 22.99 g of sodium is equivalent to counting out
one mole or 6.02 x 107 atoms of sodium. Similarly weighing 32.07 g of sulphur is equivalent to
counting out one mole or 6.02 x 107 atoms of sulfur.

10.3 Molar mass from chemical formula

Most substances consist of particles that are not single atoms. Instead their particles consist
of combinations of several atoms or ions. (See horder note.) The molar mass of these
substances is found by adding together the molar masses of all the elements shown in the
formula.

EXAMPLE 2 Calculate the molar mass of oxygen gas (0;).
M(0z) = 2 xM(0) Each particle (molecule) of O, consists of two O

2x 16.00 atoms. Adding the molar mass of these components
32.00 g mol™’ gives the molar mass of 0;.

EXAMPLE 3 Determine the molar mass of ethanoic acid (CH;COOH).

M(CH3COO0H) = 2 x M(C) +4x M(H) +2xM(0)  Each particle (molecule) of CH3COOH has two C
= 2x12.01+ A_f1>< 1.008 +2x16.00  atoms, two O atoms and four H atoms. Adding the
= 60.05 g mol molar mass of these components gives the molar

mass of CH3COOH.
EXAMPLE 4 What is the molar mass of calcium nitrate [Ca(NO3);]?

MICa(NOs)2] = M(Ca) + 2 x M(N) + 6 x M(0) Each formula unit (‘particle’) of Ca(NOs); contains
= 40.08 +2x 1‘hm +6x16.00 one Ca atom, two N atoms and six O afoms. The
= 164.10 g mol combined molar masses of these components gives

the molar mass of Ca(NOs)s.
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10.4 Relating mass and moles
The mass and moles of a substance are related as shown below.
where:n = the moles of the substance in mol

m = the mass of the substance in g
M = the molar mass of the substance in g mol™

m=nxM also expressed as

nem
M

EXAMPLE 5 The compound ammonium sulfate [(NH4),S04], is an active ingredient in some garden
fertilisers. Calculate the number of moles of (NH4),S04 contained in a 38.5 g sample of (NH4),S04.
n[(NHa):S504] - _™  _ 385 _ 0.291 mol Simply substitute the mass of the substance, 38.5 g
M 132.15 and molar mass, 132.15 g mol™ to obtfain the
number of moles present.

10.5 Moles within moles

lonic compounds consist of formula units (hypothetical particles) that are made up of two or
more ions. Many of these compounds have a tendency to separate into their individual ions
when they dissolve in water. By referring to a compound’s formula it is possible to determine
the number of moles of ions that are contained within a given number of moles of the
compound. (See Example 6.) In a similar way the number of moles of each type of atom in a
given number of moles of substance can also be found from its formula. (See Example 7.)

EXAMPLE 6 How many moles of Fe?* ions and SO3 ions are contained in 1.8 moles of Fe,(S04)s?

n(Fe* ions) = 2xn[Fex(S0.)s]  The subscript 2 alongside Fe* in the formula for iron(lll) sulfate

means there are two Fe>* ions in each formula unit of Fe,(S04)3. Thus

=2x1.8
the moles of Fe** are twice the moles of Fe,(S04)3 formula units.
= 3.6 mol
n(S03 ions) = 3 xnlFex(S04)s]  The subscript 3 alongside SO3” in the formula for iron(Ill) sulfate
= 3x1.8 means there are three SOZ™ ions in each formula unit of Fe,(S04)s.
- 5.4 mol Thus the moles of SOZ™ are three times the males of Fe,(S04)s.

EXAMPLE 7 How many moles of N atoms and H atoms are contained in 3.2 moles of ammonia (NHs)?

n(N atoms) = 1xn(NHs) The subscript 1 (implied) alongside N in the formula for ammonia

(NHs) means there is one N atom in each molecule of NHs. Thus the

=1x3.2
moles of N atomsare equal to the moles of NH3 molecules.
= 3.2mol
n(H atoms) = 3 xn(NHs) The subscript 3 alongside Hin the formula for ammonia (NHs) means
= 3x32 there are three H atoms in each molecule of NHs. Thus the moles of
- 9.6 mol Hare three times the moles of NH3; molecules.

10.6 Measuring gases

While the molar amount of a solid is readily found by measuring its mass this is not so easily
achieved for a gas. The molar amount of a gas is most easily found by measuring its volume.
The unit of volume used most frequently for this is the litre (L).

1L = 1000 mL also 1L = 1000 cm® = 1dm? and 1000L = 1m?

As well as volume the temperature and pressure of a gas also affect the moles present.
More moles of gas will fit into a container when the temperature is low and the pressure
high. (See Fig 2.) So when measuring the amount of gas by volume, its tfemperature and
pressure must also be noted. The Sl unit for measuring pressure is the pascal (Pa). Average
atmospheric pressure at sea level is quoted as being 101,325 Pa, ie 101.325 kPa. This is
equivalent to one standard atmosphere (atm) of pressure. (Not to be confused with STP.)

normal atmospheric pressure = 1.000 atm = 101.325kPa = 1.01325x 10° Pa

The SI unit of temperature is the kelvin (K) though it is often recorded in celsius (°C).
(See Fig 3.) By definition, absolute zero, 0 K (or -273.15 °C) is the lowest temperature
that can be achieved. It is the temperature at which all particles of matter are motionless,
ie have zero kinetic energy and an ideal gas would have zero volume.

Temperature (kelvin) = Temperature (celsius) + 273.15
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fAttempt Set 16 # 3 and 4.},

! Book Quiz10.5. |
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A B

FIGURE 2 The volume of gas on its own is
not a reliable measure of the moles of gas
present. Flasks A and B have the same
volume but flask B contains twice as much
gas as flask A. This can happen because the
gas in flask B is at twice the pressure as that
in flask A. Similarly the temperature of a gas
can affect the moles of gas present in a
given volume. (See p2-3.)

0K 100K 200K 300K

T

-273°C -173°C  -73°C 27°C

FIGURE 3 Kelvin and Celsius femperature
scales compared.
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FIGURE 4 These two 22.71 L flasks contain
the gases bromine and chlorine both at
100.0 kPa and 273 K (0 °C). Each flask
contains exactly 1.00 mole of gas. This
occurs despite the obvious difference in the
molecular size and molar mass of the two
gases. Thus one mole of any gas irrespective
of its chemical composition will have a
molar volume of 22.71 L af STP conditions.

It must be noted that the molar volume of a
gas will change for different conditions of
temperature and pressure, eg af 50.0 kPa
and 273.15 K molar volume will be 45.42 L.

Sodium carbonate decahydrate
(NazC03.10H,0) is a very useful household
compound. Commercially known as washing
soda it is used as a laundry water softening
agent. It can also be used as a cleaning
agent as it dissolves grease and oils. Gloves
should be worn when handling washing
soda as its solution is quite basic.

Commercially its main use is in glass making
where it is a major ingredient along with
sand (Si0z) and calcium carbonate (CaC03).

Oxalic acid (H,C;04) is an organic acid found
naturally in many plants such as rhubarh,
star fruit and parsley. While not toxic to
people in small quantities it can cause health
problems in larger doses as it readily
combines with dissolved Ca®*, Mg®* and Fe’*
ions present in the body to form insoluble
precipitates.

Around the home it may be found as the
active ingredient in some metal cleaners and
rust removers.

Ethanoic acid (CH;COOH) is the active
ingredient (= 5-18% by mass) in vinegar. It
gives vinegar its characteristic pungent
odour and sharp sour taste. Around the
home it is used as a food acid, in preserving
vegetables and other food products and for
de-scaling basins and kettles by removing
insoluble carbonate deposits.

82 Chapter 10

One method for determining the molar amount of a gas is to measure its volume at some
reference conditions of temperature and pressure. The commonly used conditions are those
recommended by IUPAC and are known as standard temperature and pressure, STP. This
refers to a pressure of 100.0 kPa and a temperature of 273.15 K (0 °C). One mole of gas
measured at these conditions will occupy a volume of 22.71 L, irrespective of what the gas
is. This STP molar volume of a gas (see Fig 4) can be used to find the moles of gas from its
STP volume as shown below.

n(gas) = Vit where: n(gas) = the moles of gas (mol)
22.71 Vg, = the volume of gas in litres (L) at STP

EXAMPLE 8 Excess hydrochloric acid was added to some zinc granules producing 4.39 L of hydrogen gas
measured at STP (ie 100.0 kPa and 273 K). How many moles of hydrogen were formed?

Since the gas volume is measured at STP then one
mole of it will have a volume of 22.71 L.

1. Use a periodic table to find the molar mass of the following elements.

a. lithium (Li) c. oxygen atoms (0) e. lead
b. zinc (Zn) d. nitrogen atoms (N) f iron
2. Calculate the molar mass of the following substances.
a. oxygen gas (0;) g. iron(lll) oxide
b. hydrogen gas (Hz) h. copper(ll) hydrogensulfate
¢. calcium chloride (CaClz) i. aluminium sulfate
d. copper(ll) sulfate (CuS0a) j. barium hydroxide
e. ammonium sulfate [(NH4)2S04] k. sodium carbonate-10-water (Na,C0;.10H,0)
f. chlorine gas [. copper(ll) ethanoate-1-water

3. Determine the mass in grams of each of the following.
a. 3.15 mol of magnesium bromide (MgBr2)
b. 1.74 x 102 mol of iron(lll) oxide (Fe,03)
¢. 0.395 mol of copper(ll) hydrogensulfate [Cu(HSO4):]
d. 1.25 x 10° mol of sodium carbonate-10-water (Na>C0s.10H;0)
e. 7.38 x1072 mol of sulfuric acid
f. 4.72 x 10° mol of oxalic acid-2-water (oxalic acid dihydrate, see border note)

4. The mass of each substance is given in grams. Convert this to an equivalent amount in moles.
a. 250 gram of water (H0), about the amount in a glass of water
b. 1.29 x 107 gram of ammonium sulfate-2-water [(NH4)2S04.2H;0]
€. 4.29 grams of ethanoic acid (see border note)

5. Many substances consist of particles that are themselves a combination of smaller
particles. In this way 3.0 mol of oxygen gas (02) consists of 6.0 mol of oxygen (0) atoms.
With this in mind and referring to Example 6 and 7 (from p81) answer the following
questions.

a. How many moles of nitrogen (N) atoms and hydrogen (H) atoms are present in
4.50 mol of ammonia (NH3)?

b. Determine the number of moles of hydrogen atoms (H), sulfur atoms (S) and oxygen
atoms (0) in 0.25 mol of sulfuric acid (H2S04).

c. Find the moles of iron ions (Fe*) and oxide ions (0%) present in 1.7 mole of
iron(I1) oxide (Fez03).

d. How many moles of calcium ions (Ca**) and phosphate ions (PO7) are present in 0.28
moles of calcium phosphate [Cas(P04),]?
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6.

10.

11.

12.

Determine the molar amount of each of the following gases. All volumes are measured
at STP. (See horder note.)

a. 472.0 L of carbon dioxide gas (C02)
b. 3.50 x 10° L of hydrogen gas (H>)
¢. 1.700 x 10% mL of chlorine gas (Clz)

Determine the velume that would be occupied by the following gases at STP conditions.

a. 2.50 moles of carbon dioxide gas (C02)

b. 0.550 moles of oxygen gas (02)

¢. 8.32 gram of hydrogen gas (Hz). Take care, the quantity given is in grams.
d. 6.50 x 102 grams of ammonia gas (NHs)

Oxygen is a most important gas for all living things. It plays an important role in the
chemical reaction known as respiration. When breathing normally in a relaxed mode
the average adult will inhale about 0.50 L of air per breath. (See Fig 5.) Remember
only 21.0% by volume of the air we breathe is oxygen gas.

a. Calculate the mass of oxygen (0z) that has been inhaled in this breath if the volume
was measured at STP.

b. On average it is known that exhaled air contains around 16% by volume oxygen gas.
With this in mind determine the mass of oxygen absorbed by the average person in
a week? Assume an average breathing rate and volume of 14 breaths per minute at
0.50 L per breath. Assume STP conditions apply.

The complete combustion of a tank of petrol produced 219 kg of carbon dioxide gas.

a. What volume of carbon dioxide is produced when measured at STP?

b. What mass of oxygen is used by a car in burning a tank of petrol? You may assume
that for every 1.00 L of carbon dioxide produced, 1.00 L of oxygen is consumed.

An experiment to investigate the reaction of zinc with hydrochloric acid involved adding
a measured mass of zinc to excess hydrochloric acid and measuring the amount of
hydrogen gas produced. The gas was collected in an inverted measuring cylinder by the
downward displacement of water. (See Fig 6.) The hydrogen gas collected had a
volume of 163.5 mL when measured at 0 °C and 100.0 kPa. How many moles of
hydrogen were produced in the experiment? (You may assume the collected gas is pure
dry hydrogen.)

Dry ice (Fig 2 p35) is the common name used for solid carbon dioxide. Dry ice sublimes
(converts directly from a solid to a gas) above -78 °C. A student wanted to use dry ice
to inflate a large balloon to a volume of around 32 L (STP). The student did this by
weighing approximately 55 g of solid dry ice, adding this to the balloon and tying it off.
Will the balloon inflate as expected once all of the dry ice has sublimed? Use a calculation
o support your answer.

A 9.00 x 10% kg sample of bauxite, the ore from which aluminium is obtained, contains
4,70 x 10% moles of hydrated alumina (Al203.3H.0) along with other impurities. What
is the maximum mass of Al that can be extracted from this ore sample?
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STP (Standard temperature and pressure)
refers to 100.0 kPa and 273.15 K (0 °C).
When a gas volume is measured af these
conditions it is possible to determine the
molar amount of gas as every 22.71 L of gas
corresponds to one mole of it.

FIGURE 5 On average an adult will inhale
about 0.50 L of air per breath. The inhaled
air contains 21% by volume 02(g) while the
exhaled air still contains around 16% by
volume 02(g).

exhaled air
16% 0>.

inhaled air
21% 03.

lungs

FIGURE 6 Hydrogen gas can be collected in
a measuring cylinder by the downward
displacement of water and its volume read
from the measuring cylinder scale.

H; gas fo be
measured

o

Any gas with a low solubility in water can be
collected and measured this way. This
includes gases such as oxygen (0z) and
carbon dioxide (C0z). Gases like ammonia
(NHs3), hydrogen chloride (HCl) and chlorine
(Cl) should not be collected this way as
they are quite soluble in water.
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CHAPTER 11 | STOICHIOMETRY WITH MOLES, MASS AND
GAS VOLUMES

Stoichiometry is a specialised science ferm.
It is comes from the Greek, ‘stoikheion”
which means element and ‘metry’ fo
measure. It is the study of the relationship
between the amounts of each reagent in a
chemical reaction.

The coefficients for the balanced equation
give the ‘molar recipe’ for the reaction.
Thus in Example 1 the molar amount of H20
produced can vary but it must always be
three times (6/2) the molar amount of CzHs
used. The molar amount of €Oz produced
however, is always twice (4/2) the molar
amount of CzHe used.

aA + bB — cC

The stoichiometric relationship is often
written as:

coefficient(unknown)
n(unt )= — x N(known)
coefficient(known)

This form of the stoichiometric relationship
allows the molar amount of an unknown to
be readily found from the known molar
amount of another substance present in the
reaction.

! Book Quiz11.2.)

fAﬂempf Set 17 # 1, 2 and 3]

FIGURE 1 Excess hydrochloric acid and
aluminium reacting to form hydrogen gas.

6.08 g of reaction evolves
aluminium hydrogen gas

metal \

solution containing
excess hydrochloric
acd (HC() ——— >

fAttempt Set 17 # 4 and 5.)

84 Chapter 11

+ @D

11.1 Quantities in chemical reactions

The coefficients in a balanced chemical equation give the relative number of molecules,
formula units or moles of each substance in the reaction. The actual amounts of each
substance is always in the same ratio as the coefficients. (See border note.)

EXAMPLE 1 What information is given by the coefficients in the balanced equation for the combustion of
ethane (GHe)?
2CGHe(g) + 702080 — 4C020g) + 6H20(g)

Substances involved in the reaction CGHe(g) 0:(g) (02(g) H20(g)
Relative number of molecules 2 molecules 7 molecules 4 molecules 6 molecules
Relative number of moles 2 moles 7 moles 4 moles 6 moles

f Book Quiz11.1 @ lucaspublications.com.au.J

11.2 Mole to mole calculations

The molar amount of any twe substances used or produced in a reaction is in the same
ratio as their stoichiometric ratio. This is the ratio of their coefficients in the balanced
equation. Consider the general chemical equation shown here (at left).

Where: @, b, € and d are the coefficients of substances A, B, C and D
and n(A), n(B), n(C) and n(D) are the moles of substances A, B, C and D

In general; Mmoles of Ain the reaction _ coefficient of Ainthe reaction ~ ie  n(A) _ a
moles of B in the reaction  coefficient of B in the reaction nB) b
thus forA,  n(A) = X n(B) or n(A)= % xn(Q) or n(A)= T X n(D)

EXAMPLE 2 Determine the molar amount of oxygen (0;) used and carbon dioxide (CO;) produced
when 0.795 mole of ethane (C;Hg) is burnt in air.

2GHe(g) + 702(g) —  4(0x(g) + 6Hy0(g)

n(02) = —— xn(GHe) = - x0.795 = 2.78 mol  The coefficient of 0; is seven, while that of GHs is
2 two, thus the molar amount of 0 in the reaction is
3.5 times (7/2) the molar amount of GHs.

4 40.795-1.59mol The coefficient of CO; is four, while that of GHg is
two, thus the molar amount of CO; is twice (4/2)
the molar amount of GHs.

n(€0z) = & xn(GHe) =

11.3 Calculations involving mass and moles

If the mass of any one substance involved in a reaction is known, then by converting this to
an equivalent amount in moles (n = m/M), the molar amounts of all the other substances
involved in the reaction can be found. The relationship m = nM can be used to find the mass
of a substance once the molar amount of it is found.

EXAMPLE 3 Determine the moles of hydrochloric acid (HCl) used and hydrogen (H;) produced when
6.08 g of aluminium (AL) reacts with excess hydrochloric acid. (See Fig 1.)
2AlG) + 6HCl(ag) —  2AlC(ag) + 3Ha(g)
m 6.08
n(Al) = Wz 26.98

n(HQ - % Xn(Al) =

=0.225 mol Find the moles of Al from the given mass.

5 0225 -0.676 mot  The coefficient of HCLis six, while that of Al is two,

2 thus the molar amount of HCl in the reaction is
three times (6/2) that of Al.
n(Ha) = Z xn(AD) = = x0.225 = 0.338 mol The coefficient of H; is three, while that of Alis fwo,

thus the molar amount of H,is one and a half times
(3/2) the molar amount of Al.
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EXAMPLE 4 What mass of aluminium chloride (AlCl5) is formed if 1.22 x 10 g of hydrochloric acid
(HCl) reacts with excess aluminium (Al)?
2Als) + BHCGy) —  2AlCsGag) + 3Ha(g)

1.22x 107

= —==——— =3.35x 10" mol

n(HQ) = % 36.458 Find the moles of HCl from the given mass.
2
6

ACHCD = £ x3.35%10% = 1.12x10% mol The coefficient of AlCls is twe, while that of
HCl is six, thus the molar amount of AlCl5 is
one third (2/6) that of HCl.

Convert the moles of AlCl; to an equivalent mass.

n(AlCs) =

m(AlCz) =nxM=1.12x10"x133.33=1.49x102 g

‘  Set 17 Stoichiometry with mass and moles

1. The explosive frinitrotoluene (TNT or (sHsOsNs, see Fig 2) reacts with oxygen
according to the equation shown below. Refer to this equation to complete the partially
written mole equations.

4C7Hs06N3(s) + 21020g) —  28(C020g) + 6Na(g) + 10H0(g)

a. n(C0z) = —£2 x n(GHs06N3) ¢. n(H0) = % x n(02)

h. n(0z) = % x N(C7Hs06N3) d. n(C0z) = % x n(N2)

2. A 9.63 mol sample of aluminium is dissolved in excess sulfuric acid. Determine the
moles of sulfuric acid consumed and the moles of aluminium sulfate produced.

2Al(s) + 3H:SOs(ag) —  Al(SO04)3(ag) + 3H:(g)

3. Asmall spirit burner of the type used in camping, contains 200 mL of ethanol (CzHsOH),
which is equivalent to 3.41 moles of it. Find the moles of oxygen used during ifs
complete combustion.

2GHsOH() + 602(8) — 4C0:(g) + 6H.0(g)

4. Propane is commonly used for gas barbeques. A particular cylinder contains
4.5 kg of propane. If the gas is pure propane (CsHg), determine the molar amounts of
carbon dioxide and water produced from its complete combustion.

GGHs(g) + 5020g) — 3C02g) + 4H:0(g)

5. Hydrofluoric acid (see border note) cannot be stored in glass containers as it has the
ability to dissolve the silicate compounds of which glass is composed. The following
equation shows how hydrofluoric acid dissolves sodium silicate (NazSi03).

NazSiO3(s) + 8HF(ag) — HaSiFs(ag) + 2NaF(ag) + 3H20()

a. How many moles of sodium silicate can be dissolved by 3.72 g of HF?

b. How many moles of sodium fluoride are formed when 16.77 g of NaSiOs dissolves
by the action of excess HF?

¢. Determine the number of moles of H.SiFs formed when 82.59 g of HF reacts
with excess sodium silicate.

6. Hydrogen gas is produced in the laboratory by reacting zinc with hydrochloric acid.
n(s) + 2HCGg) —  ZnCh(ag) + Ha(g)

a. What mass of zinc is needed to produce 9.25 x107 g of hydrogen gas?
b. What mass of zinc chloride in mg is formed when 7.00 x 107 g of zinc is used?
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FIGURE 2 A single molecule of TNT
(trinitrotoluene) consists of three nitro
groups (NO2) and one methyl group (CHs)
attached fo a flat hexagonal ring of six
carbon atoms. TNT was first prepared in
1863 by the German chemist Joseph
Wilbrand. Today TNT is a widely used
explosive. It has the advantage over other
explosives that it is quite insensitive to rough
handling, reducing the risk of unexpected
explosions.

The large volume of gas produced from its
detonation (see equation) contributes to its
explosive effect.

S

CORROSIVE JOXIC GAS

8 2.3

Hydrogen fluoride’s (HF) ability o readily
dissolve silicates allows it to be used for
such things as etching glass and dissolving
mineral samples for chemical analysis. It
should only be used with appropriate safety
equipment as it is dangerously corrosive and
poisonous.

Hydrogen fluoride is readily absorbed
through skin contact and can interfere with
the nervous system, cause deep tissue burns
and dissolve bone. Its effects are not always
immediate so medical treatment should be
sought urgently upon exposure. This can
help minimise injury.
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clocktower can be found in Athens. It is
dated at around 50 BC. Acid rain can

damage limestone buildings like this as well
as being harmful o plants and aguatic
organisms.

Acidic rain is produced when atmospheric
pollutants like sulfur oxides and nitrogen
oxides dissolve in rain water, eg:

SO:(g) + H00) — H;S0s(an)
2N0Oy(g) + H,00) — HNOs(ag) + HNOy(aq)

These gases occur naturally in the
atmosphere as a result of volcanoes,
lightning and biological processes. In recent
years however, their concentrations have
increased as a result of emissions from
motor vehicles, coal power generation and
mineral processing.

%Purity: To find the percentage purity of a
compound in a mixture:

o/ s _M(compound in mixture) x 100
%purity = m(mixture)
reaction evolves
HCl(aq) C02(g)
+
NaHC0O5(aq) l

kD.373 g

FIGURE 3 Carbon dioxide has a very low
solubility in warm acid solutions like the
reacfion mixfure involved in this experiment.
So as the gas C0; is formed it escapes from
the reaction mixture. The loss of mass in the
reaction mixture can be assumed to be equal
to the mass of COz produced.

Systematic error can occur in this procedure
if vigorous fizzing leads to spattering and
the resulting loss of solution from the flask.
This will cause the weight loss to be
consistently greater than it should be.

Are your answers sometimes just a little bit
off those quoted in the back of the book?

=

When performing a multi-step calculation
always carry the full number into later parts
of the calculation. Only round off to the
appropriate number of significant figures at
the end of your calculation.
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7.

10.

The gas sulfur dioxide is a major atmospheric pollutant which gives rise to acid rain. (See
Fig 3.) Fuels such as coal, petrol and diesel often contain impurities in the form of sulfur
or its compounds. It has been estimated the combustion of such fuels results in the
formation of about 29.5 million tonnes of sulfur dioxide annually. Assume the sulfur
dioxide is formed according to the equation below and answer the questions that follow.

SG) + 008) —  SOg)

a. How many moles of sulfur are contained in these fuels?

b. In coal fired power stations the polluting sulphur dioxide gas can be removed by
passing the smoke stack exhaust gases through a spray of slurried lime (Ca0) inside
a ‘wet scrubber’. (See Fig 4 p155.) The following reaction occurs.

Ca0(s) + SOA0g) —  CasS0s(s)

Assume 75% of the sulphur dioxide produced annually comes from coal fired power
stations and determine the mass of lime required to remove the resulting S02(g).

¢. Lime is typically produced by heating calcium carbonate (from marine shells or
limestone) in a hot kiln. Write an equation for this reaction and use this to justify
the statement, “lime production is a major greenhouse gas contributor”

An experiment to determine the % composition of Na2€03.10H20 in a brand of washing
soda involved decomposing a 3.312 g sample of it according to the reaction shown. This
resulted in the formation of 0.4959 g of carbon dioxide.

Na2C03.10H.0(s) + 2HClag) —  C0x(g) + 11H00) + 2NaCl(ag)

a. From the mass of carbon dioxide formed, find the mass of Na.C03.10H.0 present
in the 3.312 g sample of washing soda.

b. Determine the % purity of Na,C0s.10H:0 in the washing soda. See the border note
at left for help on calculating the % purity of a substance. (E)

The purity of a sodium hydrogen carbonate sample can be found by experiment. In such
an exercise Matthew added a carefully weighed sodium hydrogen carbonate (NaHCOs)
sample to a conical flask containing a concentrated hydrochloric acid solution. The
recorded data is shown here. (See Fig 3.)

NaHCOs(s) + HClag) — NaCltag) + C0(g) + H20Q)

mMass of IMPUre NaHCO3 ...oooviiciiciceccece e 4362 g
mass of flask + HCI(@g) SOIUTION ..oovivveieiiiiieecieceece e 57.982 g
mass of flask + HCl(ag) solution + impure NaHCOs after reaction ........ 60.373 g

a. Determine the mass of C0z(g) that was formed. You may assume the weight loss of
the flask and its contents is entirely due to evolution of CO2(g). (See Fig 3.)

b. Use your answer from (a) to find the mass of sodium hydrogen carbonate (NaHC0s)
actually present in the impure measured sample.
¢. What is the % purity of NaHCOsin the sodium hydrogen carbonate sample? (E)

d. If the experiment is not conducted carefully, the weight loss in the reaction mixture
will exceed the mass of carbon dioxide that is produced. Explain how this could
happen and how it could be avoided.

e. What type of error is this, systematic or random? Briefly justify your answer.

The preparation of oxygen in the laboratory can be conveniently achieved by the

catalytic decomposition (using Mn0:) of hydrogen peroxide.
Mn0
2H0,a)  —> 0s(8) + 2H0()

a. What mass of hydrogen peroxide is needed to produce 3.47 g of oxygen gas?

b. What mass of hydrogen peroxide solution is needed if the solution contains 18.5%
by weight of hydrogen peroxide? (E)

© Lucas Publications



11. Four reactions involved in the manufacture of sulfuric acid (Fig 4) are shown here.

SG) + 0208) —  SO2g)

2S02(g) + 020g) = 2S0s(g)
SO3(g) + H2804() —  H25207(D
H2S207(0 + H000 —  2H2S04()

a. Using appropriate means, add the four equations to produce a single equation
showing the formation of sulfuric acid from sulfur. (See 6.4 p45.) (E)

b. Using this equation, determine the mass of sulfuric acid that can be produced from
1.250 tonnes of sulfur. (Note: If you could not complete part (a), see p209 for the
balanced equation.)

12. Inside a blast furnace for the extraction of iron from iron ore, many different reactions
take place. One important series of reactions for the extraction of iron is shown here. (E)

() + 0O20g) — (0Ag)
) + (0A8) — 200(»)
Fe;03(s) + 3C0(g) — 2Fe() + 3C0A(g)

a. Write an overall equation showing the formation of Fe from Fe;0s. (See 6.4 p45.)

b. Assuming no other reactions are involved, determine the minimum mass of carbon
needed for every tonne of iron ore if the ore contains 97% Fe,03 by mass.

11.4 Mass to volume calculations
As discussed earlier (see border note) the volume occupied by a gas is related to the molar
amount of gas and does not depend on the chemical composition of the gas, thus:

Vsip = n(gas) x 22.71 where: n(gas)= the moles of gas (mol)

Vsip= the STP volume of gas in litres (L)

Using this relationship it is possible to find the volume of a gas involved in a chemical
reaction from the mass of another reagent.

EXAMPLE 5 Excess aluminium (AL) < thistle funnel s H, gas collects in

reacts with 1.22 g of hydrochloric the inverfed
acid (HCl) as shown here. What measuring
cylinder.

volume of hydrogen gas is formed
when measured at STP?

2Al(s) + 6HCl(ag) — 2AlCl5(aq) + 3H2(g)

°

o

W Al(s) + HCl(ag)

b

\

. Find the moles of HCl from the given
M 36.46 mass.

_ 3 _ 3 o 5 The molar amount of H involved in the
n(Hz) - 6~ Gl = 6~ SRS S UGS ITE. o s el (3/6) the molar amount
of HCL.
V(Hz2stp) =nx22.71 =1.67x10%x22.71 = 0.380L Since at STP the volume of one mole of
gasis 22.71 L.

www.lucaspublications.com.au

FIGURE 4 Pure sulfuric acid is a viscous
liquid that readily dissolves in water to form
a strongly acidic solution. It finds great
application in industry, agriculture and
around the home. The lead acid batftery used
in most motor vehicles contains a
concentrated sulfuric acid solution. Most of
the sulfuric acid manufactured in Australia is
used in mineral processing and for the
manufacture of superphosphate fertiliser.

STP (Standard temperature and pressure)
refers to 100.0 kPa and 273.15 K (0 °C).
When a gas volume is measured at these
conditions it is possible to determine the
molar amount of gas as every 22.71 L
corresponds to one mole of it.

This is true for any gas irrespective of its
chemical make-up.

! Book Quiz11.4.

fAh‘empt Set18 # 1,2 and 3.}
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Respiration should not be confused with
breathing. They are two quite different
processes. Cellular respiration is a mefabolic
process (involves a chemical change) where
food and oxygen are converted to carbon
dioxide and water. During respiration,
energy is released allowing body cells to
carry out various life processes.

Breathing involves the lungs and diaphragm
working fogether fo inhale and exhale air.
Breathing allows oxygen gas to be absorbed
info the blood stream while carbon dioxide
and water are excreted. Oxygen is then
available o body cells for the chemical
process of respiration.

During normal breathing an adult will, on
average, inhale 0.50 L of air per breath.
Although oxygen makes up 21% of the
inhaled air only a quarter (25%) of this is
actually absorbed into the blood stream
from each breath.

88 Chapter 11

11.5 Volume to mass calculations

If the volume of a gas involved in a chemical reaction is known then this can be used fo
determine the mass of other substances involved in the reaction. In order to do this it is
essential to convert the given volume of gas to an equivalent molar amount.

Vstp where: Vg, = the STP volume of gas in litres L

n(gas) = .
22.71 n = the moles of gas in mol

EXAMPLE 6 Excess hydrochloric acid reacts with a limited amount of Al producing 3.98 L of hydrogen
gas measured at STP. What mass of Al was used in the reaction?

2AlGs) + 6HClag) —  2AlC(ag) + 3Ha(g)

- Vw398 Since at STP one mole of gas occupies 22.71 L.
n(H2) = 71 = 3377 - 0:175 mol

nGAD = 2 xn(Hy) = 2-x0.175 = 0.117 mot e coefficient of Hy Is three, while that of Alis fwo, thus
3 3 the molar amount of Al is two thirds (2/3) that of Hs.

m(Al) = nxM = 0.117x2698=3.15g Convert the moles of Al fo an equivalent mass.

‘Set 18 Stoichiometry with mass and gas volumes

1 Insome vehicles the safety air bag is inflated by the rapid decomposition of the compound
sodium azide (NaNs). The impact of collision triggers the reaction shown.

2NaNs(s)  —  3Na(g) + 2Nals)

A particular airbag contains 12 g of sodium azide. \What volume (STP) would the air bag
inflate to on collision?

2 Cellular respiration, (see border note) releases energy from sugars like glucose. The
overall equation for the respiration of glucose is shown here.

CeH1206(s) + 60208) — 6C02(g) + 6H00)
a. Determine the STP volume of oxygen used to metabolise 8.5 g of glucose, the
amount in a typical barley sugar lolly.

b. Approximately what number of breaths would be needed to supply this much
oxygen to your hody cells? (See border note.)

3 Water can be decomposed to form hydrogen gas and oxygen gas by a technique known
as electrolysis. In this process an electric current passes through water between a pair
of electrodes. The resulting reaction is shown here.

2H000) —  2Hx(g) + O2A(g)
a. What velume of hydrogen gas and oxygen gas would be formed by decomposing a
glass full of water? (Assume a mass of 150 g of Hz0.) All volumes are measured at STP.

b. The 150 g of H20 decomposed in part (a) has a volume of 150 mL. However, while the
gaseous products also have a combined mass of 150 g they occupy a much greater
volume, around 285 L or 1900 times the volume of the decomposed water. Use your
knowledge of the kinetic theory to account for this large change in volume.

4 As carbon dioxide is an acidic gas it readily reacts with basic solutions to form carbonate
compounds. What mass of sodium carbonate is formed when 1.55 x 10% L of carbon
dioxide gas measured at STP is absorbed into a sodium hydroxide solution as shown?

2NaOH(ag) + (02(8) — Nax(0s(ag) + H00)
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5 The rising of pastries, cakes and bread products is largely due to the addition of baking
soda (NaHCQOs) to the cake mix or dough. When baked, the baking soda decomposes,
releasing carbon dioxide gas. This causes the formation of carbon dioxide bubbles in the
dough making it rise (inflate). The baking of a particular loaf of bread causes its volume
to inflate by 1.17 L (STP value). What minimum mass of baking soda is needed to
achieve this? Assume the increase in bread volume is due solely to the carbon dioxide
gas produced from the decomposition of baking soda.

2NaHC03(s)  —  Nax(0s(s) + (0(g) + H:0(g)

6 Nitrogen, phosphorus and potassium are the three major elements needed for healthy
plant growth. (See Fig 5.) Urea [(NH),C0] is an important nitrogen based fertiliser. It
can be produced by the direct reaction of ammonia with carbon dioxide at a moderate
temperature and a high pressure.

2NHs(g) + (080 — (NH2)2C0(s)  + H:0(g)

What mass of urea can be formed by the complete reaction of 5.00 x 10° L (STP) of
ammonia and excess carbon dioxide?

7 Atypical butane gas lighter can release 6.50 L of butane gas (CaH10) measured at room
conditions of 102 kPa and 27 °C. Adjusted for STP conditions this equates to a butane
volume of 6.03 L. Determine the STP volume of oxygen needed to burn this fuel.

2CH0(g) + 13008) — 8C02g) + 10H:0(g)

11.6 Limiting reagents: How much is enough (E)

In most situations where a chemical reaction is performed one of the two reagents will be
present in excess, ie some of it remains when the reaction is finished. The reagent that is
fully consumed is known as the limiting reagent. This reagent defermines the amount of
all other substances used or produced in the reaction. The concept of a limiting reagent is
similar to many everyday situations. (See Fig 6.)

1 ham sandwich

1 slice of ham

2 slices of bread

! Book Quiz11.6. )

11.7 Identifying the limiting reagent (E)

If the amount of both reagents in a reaction mixture is known, it is important to determine
which one is the limiting reagent. One method for doing this is to compare the actual ratio
of the molar amounts present in the reaction mixture to the stoichiometric ratio of the
reagents shown in the balanced equation. (See Example 7.) The limiting reagent may
alternatively be found by a method of trial and error. (See Example 8.)

www.lucaspublications.com.au

FIGURE 5 Nitrogen (N), phosphorus (P)
and potassium (K) are the three major soil
based plant nutrients. For plants to grow
successfully these nutrients must be
available in the soil in a water soluble form.
Ammonium nitrate (35%N), ammonium
sulfate (21%N) and urea (47%N) are
common nitrogen fertilisers. These all
release water soluble ammonium ions when
added to moist sail. Plants can gain the
nitrogen they need by absorbing ions like
ammonium ions [NHz(aq)] or nitrate ions
[NO¥ag)] through their root system.

Note: Sections identified in this text with an
(E) may be considered an extension fo the
Chemistry Course Units 1 and 2. These cover
content considered desirable for developing
a good understanding of the Chemistry
Course Units 1 or 2 or they lead info content
covered lafer in Chemistry Course Unitfs 3 or
4. Their inclusion is for the convenience of
feachers and students.

FIGURE 6 A party problem? You are having
friends over for a party and need to make as
many ham sandwiches as paossible. You have
24 slices of bread and 16 slices of ham. Each
sandwich needs two slices of bread and one
slice of ham.

As a result, there will be enough ingredients
for only 12 ham sandwiches with 4 left over
slices of ham.

The limiting ingredient here was the
bread. It determined how many sandwiches
were able to be made and how much ham
was used. The ham was the excess
ingredient.

Stoichiometry with moles, mass and gas volumes 89



numerator

24.5
9.87

denominator

! Book Quiz11.7. J

f Attempt Set 19 #1.

! Book Quiz11.3.)

fcomplete Set 19.)
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EXAMPLE 7 Determine the limiting reagent when 9.87 moles of aluminium is added to 24.5 moles
of hydrochloric acid.
2Als) + 6HCG —  2AlCGag) + 3H(g)

9.87 mol of /\l I 24.5 mol of

aluminium=——> g _ +~— hydrochloric

mefal acid
clual rafio = n(HC) 245 248 Find the actual mole ratio of the two reagents using the
adluatratio = =y T 987 T4 amounts given. Either reagent can be the numerator.
toichiometric ratio - n(HC) 6 Find the stoichiometric mole ratio using the equation
stoichiometricratio = =, ;)™ = 75~ coefficients. Keep the same numerator.
actual ratio < stoichiometric ratio If the actual ratio (AR) is greater than the stoichiometric
. HClis the limiting reagent. ratio (SR) then the deneminator (see border note) is the

limiting reagent. Alfernafively if the AR is less than the SR
then the numerator is the limiting reagent.

EXAMPLE 8 Determine the limiting reagent when 9.87 moles of aluminium is added to 24.5 moles
of hydrochloric acid.

2AlGs) + 6HClGag) —  2AlCGag) + 3H.(®)

Let Al Either reagent, Al or HCl is assumed to be the limiting
reagent.
n(HQ) = 6xn(AD) _ 6x9.87 - 29.6 mol Using the assumed limiting reagent, calculate the required
2 2 amount of the other reagent.
Hence, insufficient HCl for the complete 29.6 mol of HCl would be needed for the complete reaction
reaction of Al. Thus HCl is the limiting of 9.87 mol of Al. As only 24.5 mol of HCl is present then it
reagent. will be fully consumed befare the Al runs out.

11.8 Mass to mass calculations with a limiting reagent (E)
When the mass of both reagents in a chemical reaction is given, the limiting reagent must
first be identified. This can be achieved either by comparing the actual ratio to the
stoichiometric ratio of reagents or by a trial and error method. (See examples 7 and 8.)
The limiting reagent is then used to calculate the amount of any other substance involved
in the reaction.

EXAMPLE 9 A student adds a 10.50 g piece of zinc metal to a solution containing 10.50 g of
hydrochloric acid. Find the mass of zinc chloride formed and determine the amount of excess reagent
left unused.

nGs) + 2HCG@y) —  ZnCl(ag) + Hai(g)

n(HQ) = T - 10.50 _ 0.2880 mol Find the moles of HCl from the given mass.
M 36.46
m 105 Find the moles of Zn from the given mass.
n(zn) = M - 538 - 0.1606 mol
Let Zn Either reagent, Zn or HClis assumed to be the

limiting reagent.

Use the assumed limiting reagent (Zn) to

2 2
ntHAS= 1 ) = 1 el =eksali] find the required amount of HCl.

Insufficient HCl for complete reaction of Zn Since there is only 0.2880 mole of HCl and
. HCLis the limiting reagent 0.3212 mole would be needed to complefely
react with the 0.1606 mole of Zn.

n(ZnCl) - %xn(HCl) _ ixO.ZSSU - 0.1440 mol Use the limiting reagent to find the amount

2 of ZnCl, formed.
m(ZnClz) = nxM = 0.1440x 136.28 = 19.62 g Convert n(ZnCl;) to an equivalent mass.
n(Zn used) = a1 xn(HCl) = R % 0.2880 - 0.1440 mol Use the limiting reagent fo find the amount
2 2 of Zn used.
m(Znused) = nxM = 0.1440x 65.38 =9.415 g Convert the moles of Zn used to an

equivalent mass.

m(Zn remaining) = m(Zn original) - m(Zn used) Originally 10.50 g of Zn was added and only
=10.50 - 9.415 =1.09 g (2DP, ie 3 SF) 9-415 g is consumed by the HCl.
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set 19 Limiting reagent calculations (B)

1.

www.lucaspublications.com.au

The preparation of chlorine in the laboratory is achieved by the reaction between
concentrated hydrochloric acid and manganese(lV) oxide (manganese dioxide). (E)
MnOz(s) + 4HCl(ag) — MnChlag) + Cl(g) + 2H00)

In an experiment, a group of students performed this reaction in a fume hood. They
used different molar amounts of hydrochloric acid and manganese dioxide. In each case
determine the limiting reagent.

a. 0.600 mol HCl and 0.251 mol of Mn0:

b. 7.08 x 10 mol HCl and 1.92 x 1072 mol of Mn0;

¢. 0.655 mol HCl and 0.142 mol of Mn0O:

Sodium carbonate readily reacts with a hydrochloric acid solution.

Na:C03(s) + 2HCl(ag) — 2NaCl(ag) + C0(z) + H20Q)

This reaction is carried out several times using different quantities of each reagent. In
each case determine the limiting reagent and find the mass of NaCl(s) formed. (E)

a. 5.00 g of Na»(0s and 4.00 g of HCl

b. 1.926 g of Na (03 and 1.205 g of HCl

Sodium hydroxide and sulfuric acid react by the neutralisation reaction shown here:
H2S04(ag) + 2NaOH(ag) —  NazSOs(aq) + 2H20()
In a particular experiment a solution containing 5.240 g of sodium hydroxide is added

to another solution containing 0.1640 mol of sulfuric acid. Determine the mass of
sodium sulfate formed. (E)

The compound barium sulfate was produced by combining a solution containing
1.740 x 10"'g of barium nitrate with another solution containing 9.260 x 10 g of
sodium sulfate. Determine the mass of barium sulfate precipitate and the mass of the
excess reagent that remains after complete reaction. (E)

NazS04(ag) + Ba(NOs)z2(ag) —  2NaNOs(ag)  + BaSQa(s)

Solutions of copper nitrate and potassium carbonate readily react to produce insoluble
copper carbonate and a solution of potassium nitrate.

K»COs(ag) + Cu(NOs3)2(ag) —  2KNOs(ag) + CuCOs(s)

Different amounts of each reagent are combined in several experiments. \What mass of
the excess reagent is left over in each situation? (E)

a. 9.50 g of KC05 and 14.00 g of Cu(NOs)>
b. 3.380 x 102 g of KC03 and 5.980 x 10 g of Cu(NOs);

Triple superphosphate is a water soluble fertiliser produced by mixing phosphoric acid

with insoluble rock phosphate. (See Fig 7.) It is important to add the reagents in the

correct stoichiometric ratio so that there is no wastage of rock phosphate and no excess

of phosphoric acid in the resulting fertiliser. A particular batch of triple superphosphate

is prepared by combining 4.92 tonnes of rock phosphate with 6.67 tonne of phosphoric

acid. (E)

Ca3(P04)2(s) + 4H3PO4() — 3Ca(H2P04)2(s)

rock phosphate triple superphosphate

a. Determine the limiting reagent and calculate how much more of this needs to
be added so that there is sufficient to completely react with the excess reagent.

b. What mass of triple superphosphate is formed when the two reagents are present
in the stoichiometric equivalent amounts as calculated in (a)?

CORROSIVE JOXIC GAS

8 2.3

Chlorine is a toxic gas that irritates the eyes,
skin and the respiratory system. If this gas is
o be produced in the laborafory then
suitable ventilation must be used.

Its bleaching and disinfectant properties are
used for maintaining hygienic water supplies
and swimming pools. The white solid known
as ‘pool chlorine’ contains compounds like
sodium hypochlorite [NaClO(s)] and calcium
hypochlorite [Ca(Cl0)2(s)]. These react with
water to produce the familiar chlorine (Clz)
odour found around swimming pools.

FIGURE 7 Producing water soluble triple
superphosphate from H3PO4(1) and water
insoluble rock phosphate Ca3(P04)2(s).

crushed rock
phosphate
Ca3(P04)2(s)

H3P04(1)

stirring
paddle

triple superphosphate
Ca(H2P04)2(s)

Stoichiometry with moles, mass and gas volumes 91



CHAPTER 12 | ORGANIC CHEMISTRY: HYDROCARBONS

~ (110 G methane,
ethane and LPG

~ (s fo Cg naphtha

crude

i 120°C
enters
here

~(sto Cio petrol

170°C
~CptoCis kerosene

0
270K Casto Cn dieselol

0f
30€ ~ (20 1o Cso waxes

and lubricating oil

>600 °C

~ Cso+ residue of
asphalf and waxes
FIGURE 1 Crude oil is separated into various
fractions using a fractionating tower like this
one. Each fraction is a mixture of
hydrocarbons with its own boiling point
range. The temperatfures and C numbers
indicated here for the different fractions are
an approximate guide only.

fAttempt Set 20 # 1.}

The first part of an alkane name indicates
the number of carbon atoms in the
molecular chain.

meth..... 1 carbon atom

eth........ 2 carbon atoms
prop ..... 3 carbon atoms
but ....... 4 carbon atoms

pent...... 5 carbon atoms
hex....... 6 carbon atoms
hept...... 7 carbon atoms

oct........ 8 carbon atoms
non....... 9 carbon atoms
dec ....... 10 carbon atoms

FIGURE 2 Structures like these branched
alkanes contribute fo the great variety and
number of possible alkane compounds.

H H H
methylpropane H—g—(—l—H
| I
H H
H—%—H
H
H H
3-methylpentane | | T T T
ERRR
H H ’ H H
H—E—H
H

! Book Quiz12.3}
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12.1 Hydrocarbon sources and uses (E)

Hydrocarbons are molecular compounds containing the elements hydrogen and carbon
only. Fossil fuels like petroleum (crude oil) and natural gas are the world’s major source
of hydrocarbons. Natural gas consists primarily of methane mixed with ethane and small
amounts of propane and butane. Petroleum is a liquid mixture with varying composition
and contains literally thousands of different hydrocarbon compounds.

Petroleum refineries use the physical process of fractional distillation (Fig 1) to separate
the mixture of hydrocarbons from crude oil into ‘fractions’ that have similar boiling points
and molecular mass. These fractions are obtained by vaporising crude oil at temperatures
as high as 400 °C, then condensing its vapours at progressively lower temperature ranges.
This partial separation relies on the boiling points of hydrocarbon compounds increasing
with increasing dispersion forces, ie with increasing molecular mass or number of carbon
atoms per molecule. (See p130.)

Some petroleum fractions are used directly while chemical processes like steam cracking,
catalytic cracking or catalytic reforming (Fig 3 and note p102) are used to produce modified
compounds. Ultimately, hydrocarbons are used as fuels, lubricants, solvents and asphalt or
converted to other materials such as plastics, synthetic fibres, pharmaceuticals and more.

! Book Quiz12.1.}

12.2 Families of hydrocarbon compounds (E)

Hydrocarbons are classified into various families of compounds based on structural
similarities.  Some hydrocarbon families include alkanes, alkenes, cycloalkanes,
cycloalkenes and aromatics. We will study some of these families in the following sections.

12.3 Alkanes: Structure and nomenclature

Alkanes consist of molecules with the general formula C.Hzn+2. Their molecules contain
single bonds only and for this reason are called saturated hydrocarbons. Alkane names
have the suffix -ane. Some alkanes include methane (CHs), ethane (CzHs), propane (CsHs),
butane (CsH1o), pentane (CsHaz), hexane (CeHia), heptane (G7Has), and octane (CsHis).

TABLE 1 Structure and nomenclature of selected alkanes

Name Structural formula Condensed formula  Molecular shape

methane H

CHa v CHa ‘
h

ethane H H

CoHe H—(ll—é—H CH3CH3 “
oo

propane H H H

CHa 0 CH3CH2CHs *
o

butane H H H H

Cabho Nt L CHsCHCHoCH:
HORH K

The alkanes shown in Table 1 are all straight chain alkanes. Their terminal carbon atoms
(ie end ones) are bonded to three hydrogen atoms (CHs) while the inner carbon atoms bond
to two hydrogen atoms (CHz). Sometfimes alkanes form branched structures (see Fig 2)
where an inner carbon atom is bonded to three or four carbon atoms and has fewer bonded
hydrogen atoms. Structural variations like this contribute to the great variety and number of
different alkane compounds, all of the same general formula CiHzns2.

© Lucas Publications



12.4 Alkanes: Structural isomerism (E)

Structural isomers of alkanes are compounds having the same molecular formula but a
different structural formula. This happens when molecules contain the same number and
type of atoms but the sequence in which the atoms are bonded is different. (See Table 2.)
Structural isomers may have similar chemical and physical properties but they are not
identical. (See Fig 3.) Pentane for example boils at 36.1 °C while its structural isomers
methylbutane and dimethylpropane boil at 27.9 °C and 9.5 °C respectively.

TABLE 2 Structural and condensed formulas for three structural isomers of CsH12

pentane methylbutane dimethylpropane
rrrs n' "
H—f—?—T—T—T—H H HH_C—HH Iil H—f—H H
H H H H H | | Ho G G G
Snanad D
H H H H H
CH; C|H3
CH3—CH,—CH,—CH,—CH;  CH3—CH,—CH—CH; CH3—(CH,
CHy
CHsCH>CH,CH2CHs CH3CH2CHCH3CHs CH3C(CHs)2CHs

12.5 Alkenes: structure and nomenclature

Alkenes are unsaturated hydrocarbons with molecules that contfain a carbon fo carbon
double bond. The presence of a double bond means their molecules have two less
hydrogen atoms than a corresponding alkane. This is why they are said to be unsaturated.
They have the general formula CaHzn. Alkene names have the suffix -ene.

TABLE 3 Structure and nomenclature of some alkenes

Name Structural formula Condensed structural formula Molecular shape
H H
ethene é—é o CH2CH:
CoHa I CH2 = CH:
H H
H H H CH3CHCH2
propene o or
G3Hs H—(l—C—? CHsCH = CH>
H H
H H H
but-1-ene it I_II-I N CH3CH2CHCH:
(1-butene)  H—{—C—C=F  (Hx(H,(H = CH;
C4Hs H H

f Attempt Set 20 # 6 and 7.

12.6 Alkenes: Cis-fransisomerism (E)

Some alkene compounds have cis-frans isomers (formerly known as geometric isomers).
These are isomers with the same molecular formula and structural formula, ie same
sequence of bonding between their atoms, but a different geometry. The different
geometry is a result of the inability of double bonded carbon atoms to rotate along the axis
of their double bond. These geometric forms are known as ¢isand fransisomers. (See Fig 5.)

FIGURE 5 These two molecules H CH; CH, CHs
have the same sequence of \ / \ /
bonding yet the molecules have —cC (—C

a different geometry. These / \ / \

substances are the ¢s frans CH 3 H H H

isomers of but-2-ene. cis-but-2-ene

(¢is means the same side)

frans-but-2-ene
(#rans means across)

If either of the two carbon atoms involved in the double bond has two identical groups

aftached to it, then c¢/s-frans isomerism will not be possible. Thus 1,1-dichloroethene does
not have ¢/s-fransisomerism but 1,2-dichloroethene does. f Book 0uiz12.6.]
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g X\
FIGURE 3 One measure of the combustion
characteristics of petrol is its octane rating.
Depending upon an engine’s compression
ratio, manufacturers will specify a fuel of a
particular octane rating, usually between
87 and 98. (See p97.)

Catalytic reforming is one process used in
the petroleum industry to produce fransport
fuels with a higher octane rating. This
involves the conversion of straight chain
hydrocarbons called heavy naphtha, a
mixture of molecules with around 6 to 10
carbon atoms, into various branched
isomers like 2,3,4-trimethyl pentane, a
branched isomer of octane. Branched
isomers typically have a higher octane rating
than straight chain isomers.

! Book Quiz12.4. }

f Attempt Set 20 # 5. )

FIGURE 4 Fats and oils from animals and
plants consist of molecules known as
triglycerides. These compounds are NOT
hydrocarbons however they do contain
three carbon chains as part of each
triglyceride molecule. These carbon chains
typically have an even number of carbon
atoms, usually 12 to 20, in a straight
unbranched arrangement.

Liquid triglycerides, like vegetable oils, usually
contfain one or more double bonds in these
carbon chains. Oils like this are said to be
unsaturated or polyunsaturated (more than
one double bond). Olive oil, shown above,
contains monounsaturated fats.

By comparison, most animal triglycerides
are solids called fats. The carbon chains in
these don’t usually contain double bonds
and are said fo be saturated.

Nutritionists recognise that fats are an
important part of our dief. The risk of
developing heart disease does not so much
depend upon the amount of fat in our diet
as on the type of fat consumed. Unsaturated
fats are thought to be much better for our
cardiovascular system than saturated fats. In
particular, modified unsaturated fats such as
those found in margarine and hard stick
margarine (used in baking) can contain
fransisomers of unsaturated fats. These, it
seems pose the greatest risk to the health of
our cardiovascular system.

f Attempt Set 20 # 8. J

Organic chemistry: Hydrocarbons 93



! Book Quiz12.7. J

fAttempt Set 20 # 9.

FIGURE 6 The henzene molecule (CsHs)
consists of six C atoms arranged into a flat
hexagonal ring structure with each C atom
bonded fo a single H atom.

£

A benzene molecule can be represented by
any one of the following shorthand
notations.

0-0-0

Research has shown benzene and some of
its aromatic derivatives fo be carcinogenic
(cancer-causing). Excessive exposure may
affect bone marrow and blood production
and can lead to leukaemia. Even short-term
exposure to high levels of benzene can
cause drowsiness, dizziness,
unconsciousness and death.

Petrol emissions from vehicles is the major
source of benzene in the Australian
environment. For this reason the benzene
content of Australian petrol has been
legally limited from January 2006 to 1% by
volume.

! Book Quiz12.8.)
f Attempt Set 20 # 10.
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12.7 Cycloalkanes (E)

Cycloalkanes consist of three or more carbon atoms arranged into a ring structure. Every
carbon atom is bonded to two hydrogen atoms and twao carbon atoms. (See Table 4.) Due
to their cyclic structure they have two less hydrogen atoms per molecule than a
corresponding alkane and thus have the general formula ChHzn. Cycloalkane names all have
the prefix cyclo- added to the stem name. As with alkanes these structures may also have
aftached side chains.

TABLE 4 Structure and nomenclature of some cycloalkanes
cyclopropane ((GHs)  cyclobutane ((4Hs)  cyclopentane (CsHyp)

cyclohexane (CgH1,)

CH
CH,—CH s
2 |2 2 H, CH,

12.8 Benzene

Benzene has a molecular formula of CsHe, with a particularly stable, flat hexagonal ring
structure. (See Fig 6.) All carbon to carbon bonds in benzene are identical in nature and
intermediate in length between a single and double bond. Within the hexagonal ring of six
carbon atoms, it is as though each C atom were alternately ‘double bonded’ to either of its
neighbouring C atoms. The benzene structure is said to resonate between the two forms
show here.

! !
H C H H C H
\(4 \c/ \( \(/
=0
NS —
H/ \f/ \H H/ T \H
H H

The benzene ring is a unique structure found incorporated into the molecules of many
naturally occurring substances. These benzene based compounds, referred to as aromatic,
are formed when one or more hydrogen atoms of the benzene ring are replaced with some
other atom or group of atoms. (See Table 5.)

TABLE 5 Structure and nomenclature of some aromatic compounds

CHs3 CH2CH3 CH2CH3
CHs
benzene methylbenzene (toluene) ethylbenzene 1-ethyl-3-methylbenzene

Benzene occurs naturally in coal and crude oil and is produced by the burning of natural
materials such as in forest fires. Most benzene for industrial use comes from the refining
and reforming of crude oil. It is used in the manufacture of plastics, detergents and
pesticides. Benzene improves the octane rating of fuels and as such is an important petrol
additive. Its use however, is strictly controlled as it is known fo be a carcinogen.
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12.9 IUPAC nomenclature for alkanes and alkenes

The International Union of Pure and Applied Chemistry, IUPAC has the task of devising and
maintaining an up-to-date worldwide system for naming compounds. IUPAC names are
based on the compound’s parent or stem structure. (See Fig 7.) The name is written by
adding suffixes and/or prefixes onto the name of the parent compound to identify any
substituents or other features that may be present on, or as part of the parent structure.

stem (pentane) substituent
(methyl)

The presence of a double bond for example is identified using the suffix -ene. If only single
bonds are present then the suffix -ane is used. Where an alkyl substituent group
(a hydrocarbon side chain to the parent molecule) is present these are named as prefixes
such as methyl-, ethyl-, propyl- and so on. (See Table 6.) If a halogen atom substituent , ,

e i TR . prefix suffix (ane)
group occurs on a hydrocarbon chain, ie F, Cl, Bror |, its presence is indicated by the prefixes (2-methyl)
fluoro-, chloro-, bromo- and iodo-. stem (pent)

2-methylpentane

Use the following IUPAC rules when naming simple alkanes and alkenes. (See Example 1.)

@ Find the longest continuous chain of carbon atoms o which all substituent groups are
attached. This is the parent chain and determines the stem name. If a carbon to carbon
double bond (-C = C-) is present then the parent chain must be chosen to include it;
even if this does not give the longest chain.

@ Number the carbon atoms of the parent chain sequentially from either end so that the
substituent group has the lowest possible number. If several groups are present then

FIGURE 7 IUPAC names are based on a
compound’s parent or stem structure.
Prefixes and suffixes along with numbers
are used to show the identity and location of
substituent groups.

TABLE 6 Alkyl groups (side chains)

number from the end giving the lowest number to the first encountered substituent. Name Condensed formula
Alkyl groups and halogen groups are treated equally for this purpose. methyl  CHs—
® If a double bond is present it has numbering priority so the parent chain is numbered from the ethyl CH3CHy—

end giving it the lowest number irrespective of the position of alkyl or halogen substituents.

@ In the final name, prefixes are ordered alphabetically and numbered according to the
carbon atom to which they are attached. Prefixes di, fri and tetra are used if mulfiples
of a group are present. These do not affect the alphabetic order. Numbers are separated
from letters with a hyphen (-) while a comma is used to separate numbers.

propyl CH3CH,CH, —
butyl CH3CH,CH,CH, —

EXAMPLE 1 Use IUPAC rules fo name the organic compounds shown in Problems 1 and 2.
Procedure Problem 1 (a hydrocarbon) Problem 2 (a haloalkene, ie contains a halogen group)

Identify the longest continuous

chain of carbon afoms (see boxed CHs /Egse éog;%sgnchaln CHs E}TJSQ?;SIT;P?AZ ULE)
area) which has the substituent | R 5 atoms. | substituents has 4 carbon
FS ciffCizel e (Ui O CH3 - CH — CH = (CHs Br CHz atoms. The longer chain of
N o 2 SCrin a1 5
’ CH; i Br+C—CH—C=CH, asthe double bond is not
| i i i i part of this chain, see ®.
CH; § Br CHs

The stem name is butene

Identify any substituents attached

fo the main chain. (These have been CHs g CH
circled.) e, | o, o |
{CHs % CH— CH= CH Bri h CHys
o {Br C— CH— GLIH,
CHs

Two methyl groups are present. One double bond, an ethyl group, three bromo groups and a
methyl group are present.

Number each carbon sequentially

from the end of the stem that gives o (H;
the attached group the lowest |
possible number. If two or more &7
groups are present, number from
the end that gives the lowest

£ CHs + CH— CH—= CHs ¢
N " A © NS 3

number to the first encountered o (H;
group. |
See rule @

(Seeru O (Hs

Write the name of the substance. All
prefixes are in alphabetical order.

www.lucaspublications.com.au

2,3-dimethylpentane

The double bond has numbering priority.

4,4, 4-tribromo-2-ethyl-3-methylbut-1-ene

! Book Quiz12.9. JJlf complete Set 20.
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carbon
mixtures
methane
ethane
natural gas
fibres
hydrogen
carbon atoms
fuels
cracking
molar mass
petroleum
plastics
molecule

The wax found naturally occurring on apple
skins is a straight chain paraffin of molecular
formula Co7Hse.

FIGURE 8 A molecule of cyclohexane (CeH12).

H\| |/H
\C/ \C/H
H/\ /\H
H/| |\H
H H
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’ Set 20 Hydrocarbons: Nomenclature and structure

1.

10.

Use the list of terms given to complete the following passage. (E)

Hydrocarbons are molecular compounds composed of the elements () and
(b) only. The major sources of hydrocarbons are (o

@ and coal. Natural gas consists mostly of () with some
_______and smaller amounts of propane and butane. Petroleum or crude oil is a

complex mixture of various hydrocarbons.

At petroleum refineries, crude oil is separated info fractions of similar () in
a process called fractional distillation. These fractions are not pure compounds but
rather they are () of hydrocarbons with similar numbers of carbon atoms
per . The fractional distillation process works because the boiling point of
hydrocarbons shows a general increase with the number of () per molecule.

Various chemical processes like catalytic reforming and catalytic are
sometimes used fo produce modified hydrocarbon compounds. These and other
hydrocarbon fractions are used as q , lubricating oils and for asphalt. They
are also a valuable source of raw materials in the petrochemical industry for the
manufacture of detergents, pharmaceuticals, solvents, fertilizers, pesticides and
polymers like (m) ) elastomers and resins.

Give the IUPAC name for the straight chain hydrocarbons of formula:
a. GHs b. CaHro €. CeHs d. CgHas

Paraffin wax, used in candle making, refers to a variety of alkanes with 20 to 40 carbon
atoms per molecule. Use the alkane general formula (CaHzn2) to write the molecular
formula for the paraffins having 20, 24 and 28 carbon atoms per molecule.

Distinguish between straight chain and branched chain alkanes. Use the compounds
of molecular formula C4Hro to illustrate your answer.

There are five alkanes all with the same molecular formula of CeH1a.
a. Draw all of these structures for CeHaa.

b. What is the general name given to compounds like these? (E)

What is the structural difference between an alkane and an alkene? Explain how this
affects the general formula of an alkene. Use propane and propene to support your answer.

Give the molecular formula and structural formula for the compounds named here.

a. ethene b. but-1-ene C. pent-1-ene

Consider the two alkenes pent-2-ene and pent-1-ene, do these substances have cis-frans
isomers? If so draw their structures and identify them as cisor #ransisomers. (E)

Draw the structural formula for pentane (CsHq2) and cyclopentane (CsHao). Account for
their different molecular formula with reference to their structural formula. (E)

The structure drawn at left, in Fig 8, represents a molecule of the hydrocarbon
cyclohexane, CsH12. The molecular structure of the substance called benzene has some
similarities and some significant differences to cyclohexane. Draw the structure for
benzene and describe these similarities and differences.
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11. Draw full structural formula for the following hydrocarbons and other halogenated
compounds. (See border note.) Show all bonds.

. methylpropane

a
b. 2,3-dimethylbutane
¢. 1-chloro-3-ethylpentane
d. 1,1,3-tribromopent-1-ene
e. 1,2-dichlorohexane

f. 4,4-dipropylhept-2-ene

g. 4,5-difluoro-2-methylpent-1-ene
h. cis-1,2-dibromoethene (E)

i. trans-but-2-ene (E)

j. 1-fluoro-3-

methylbenzene (E)

12. Give the IUPAC name for the substances with the molecular structures shown below.

R
UV
H H H
H—%H

H
H

C. |
H—C—
s
U
H Br H |
H—C—

I

H

e. CHsCH2(CH3)CHCH

(Hint: Draw the structural formula first.)

g. (l2CHCH2CHCH3CHBrCHs
(Hint: Draw the structural formula first.)

i. (E) |CHzCH3

CH
/ \
Cle CIH = Br
CH2—CH2

k. (E)

N

CH
/
CH2
| |

CH\ /CHZ

CH

/

CH-

SR I
H H—T C ﬁ ﬁ C— ﬁ H
H | H H | H
H—T—H H— f H
H H— f H
H
d.
H H H H
H [
| |—C—C=C—H
C—H |
| H
H
H
CHCH3 f. CH3(CH3)2CCHCHCH
h(E)T T
(=C
|
H H
j.
CH2CHs
CHs
g . (E) CHs%HzT
C=H (=C
H |
H CHs

13. Consider the octane rating (Fig 9) of the three hydrocarbon fuels listed here.

heptane, 0

2,2-dimethylpentane, 89

2,2,3-trimethylbutane, 113

a. Draw the structural formula of these compounds. How are these compounds
related? Justify your answer.
b. Describe one factor that affects the octane rating of a hydrocarbon fuel. (See Fig 9.)
Use the data provided to support your answer.

www.lucaspublications.com.au

Halogenated hydrocarbons are a most
useful class of organic compound.

(See border note p101.) They are formed
when one or more of the hydrogen atoms of
a hydrocarbon are replaced with a halogen
atom (ie F, Cl, Bror ).

FIGURE 9 Petrol is a complex mixture of
many different hydrocarbon compounds.
One measure of the combustion
characteristics of petrol is its octane rating.
This measures a fuel’s tendency to resist
exploding when pressure is applied fo its
vapour and is known as its anti-knock
quality. Depending upon an engine’s
compression ratio, manufacturers will specify a
fuel of a particular octane rating, usually
between 87 and 98.

By definition, the octane ratfing of heptane
(C7H46) is 0 and the octane rating of
2,2,4-trimethylpentane is 100. Octane
ratings of different petrol blends are found
by matching their anti-knock combustion
performance in a test engine fo that of a
mixture of these two reference fuels.

For example, by definition a fuel mixture
containing 5% heptane and 95%
2,2,4-trimethylpentane has an octane rating
of 95. If a particular petrol blend when used
in a test engine has similar knocking
characteristics as this 95 octane rating fuel
then the petrol blend is assigned a 95 octane
rating.
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Isomers are compounds with the same
molecular formula but a different structural
formula. Compounds like this may have similar
chemical and physical properties but they are
not the same.

98 Chapter 12

14. A student was given several different molecular formulas and asked to draw two
different structures representing two different compounds for each of the molecular
formulas. The ‘different structures’ he drew and their molecular formula are shown
below. Which of the pairs of structures are actually different compounds and which
are simply different ways of drawing the same compound? Naming the structures will
help, ie if the two structures have the same IUPAC name then they actually are the same
compound, otherwise they are different. (See border note.)

Molecular Structure 1 Structure 2
formula
a. CHao ||'| ||'| ||'| and ||'| ||'| ||'|||'|
R IR
H H H H HH
H—lC—H
H
el A P
I I
H H H H H H H H
H—lC—H H—lC—H
H H
C. CeHa ||‘| ||‘| ||‘| Il'l Il'l and ||-|
H—C—-C—C—-C—C—H H—C—H
(I | H H H H
H H H H | || |
T I
H H H HH H
d. GHaCl: ? ||‘| and ||‘| ||‘|
T T
H cl
e. GHe ||'| ||'| ||'| ||'| TH3 and ||'| ||'| ||'| ||'| ||'| ||'|
S S
H H H H CHs H HH H CHsH
f. GHsBr. (E) ||3I’||‘| and ||‘| ||‘|
(=C (=C
(. |
H CHs Br CHs
g. GH:Br: (E) Il-l ?r and E|3r ||-|
C=C C=C
[ |
Br H Br H
h. GCHsBr (E) and
Br Br CHs
CHs
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15.

16.

17.

18.

Louise named several organic compounds as indicated below. Unfortunately, although
each name specifies a correct structure, the name given does not correctly follow the
IUPAC system of nomenclature. Use the given name to determine the structure and
hence give the correct IUPAC name for each compound.

a. 4-methylpentane d. 2,2-diethylbutane

b. 2-methylbut-3-ene e. 1-bromo-5-methylbenzene

¢. 1-methylpropane f. 1,2-dichloroethene (E)

Some of the following structures have cis-#rans (geometric) isomerism. Where this is
possible, draw the two structures and name each compound. (E)

a. CH= CHCH,CH3 d. CHx=CHC

b. CHx=CCl e. CH3CH = CHCH,CHs

¢. CHd=CH f. CH2BrCH;Br

Fats and oils consist of compounds known as triglycerides. (See Fig 4 p93.)

Triglycerides are produced from the reaction of a fatty acid and glycerol
(CH,0HCHOHCH,0H). The carbon chain of a fatty acid may contain several carbon to
carbon double bonds (called polyunsaturated), one carbon to carbon double bond
(called monounsaturated) or no double bonds (called saturated). Examine the carbon
chain only (red bold section) of these three fatty acids and classify the carbon chains as
saturated, monounsaturated or polyunsaturated. Justify your answer.

CH3(CH2)16C00H  CH3(CH2)a(CH)2CH2(CH)2(CH2)7CO0H  CH3(CH2)7(CH)2(CH2)7CO0H

stearic acid linoleic acid oleic acid

Name an organic compound that matches each description.

a. This compound has a molecular formula of CGiHs and is unsaturated.
b. A branched, saturated hydrocarbon with four carbon atoms per molecule.

¢. A high octane fuel of molecular formula CeHrs that has two methyl groups per
molecule.

d. An aromatic hydrocarbon produced from the catalytic reforming of certain
petroleum fractions. It contains seven carbon atoms per molecule and eight
hydrogen atoms.

www.lucaspublications.com.au
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FIGURE 10 Bromine water is essentially a
solution of Brz in water. It has an orange
colour due fo the presence of bromine.
Hex-1-ene is a colourless liquid hydrocarbon
(BP=63.5°C) that does not dissolve in
water. When bromine water is added to
hex-1-ene they naturally form two separate
layers as seen below. If the layers are
mixed, the orange colour of bromine quickly
disappears. This is due fo a rapid addition
reaction involving bromine and hex-1-ene.

hex-1-ene

Br2(aq) A few seconds of mixing turns
the Br(aqg) layer colourless.

f  Book Quiz12.10. |

f Attempt Set 21 # 1.

It is sometimes possible to distinguish
between saturated and unsaturated
hydrocarbons by their reaction with bromine
water. Unsaturated hydrocarbans, ie alkenes
rapidly discolour bromine water by an
addition reaction. By comparison, saturated
hydrocarbons and benzene slowly discolour
bromine water. This is due fo the much
slower rate of the substitution reaction.

! Book Quiz12.11.)

f Attempt Set 21 # 2.}

FIGURE 11 Methane (CHa4) is the major
component of natural gas (NG). This is an
important fuel for electric power generation
and is used in the home for heating and
cooking.

f Attempt Set 21 # 3.
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12.10 Addition reactions of hydrocarbons

Alkenes are known as unsaturated hydrocarbons as their bonding capacity is not fully
ufilised, ie their molecules have the capacity to bond to more atoms. For this reason they
readily undergo addition reactions where the double bond (C= () is replaced by bonds to
other atoms like H, F, Cl, Br or I. Alkanes and henzene do not undergo addition reactions.

Reagents used in addition reactions include Hz (with a Pt catalyst), Clz, Brz, HCl, HBr and HI. In
the laboratory it is most convenient to use Brz(g) and Clz(g) in aqueous solution form, ie Brz(aq)
and Clz(ag). These are known as bromine water and chlorine water respectively. (See Fig 10.)

TABLE 7 Addition reactions of alkenes
Example

CH2=CHCH2CH2CH2CH3 + BI’Z —> CHzBI’CHBI’CHzCH2CH2CH3
hex-1-ene 1,2-dibromohexane

Observation

In each case two immiscible layers
form. With mixing, the bromine
water changes colour from orange

CH3CH==CHCH,CH,CH; + Br, — CH3CHBICHBICH,CH,CH; i ol =, (5 i 101

hex-2-ene 2,3-dibromohexane
CH,=CH, + HU — CH,CICH3 In both cases two colourless gases
ethene chloroethane react to form a colourless liquid.

(HsCH==CH, + HCl — CH3CHCICHs*
propene 2-chloropropane

* |nterestingly only 2-chloropropane is formed, ie 1-chloropropane does not form. When HCl, HBr or
HI gases react by addition, ‘the added hydrogen atom will attach to the carbon of the double bond
already having the most attached hydrogen atoms’. This is known as Markovnikav's rule.

12.11 Substitution reactions of hydrocarbons

Substitution reactions occur when an alkane or benzene is combined with Clz or Bra. This
results in the replacement (ie substitution) of one or more H atoms with Cl or Br atoms. The
number of replaced H atoms depends upon the reaction conditions. With excess Cl; or Br,
complete substitution can occur.

Under similar conditions, substitution reactions are much slower than addition reactions.
(See border note.) Ultra violet light (UV) and/or heat may be used to speed this reaction.
Only alkanes and benzene compounds undergo substitution reactions. Alkenes will instead
undergo addition with similar reagents.

TABLE 8 Substitution reactions of alkanes and benzene

Example* Observation

Bromine water [ie Brz(ag) ] slowly changes

CHsCHs + Bryag) Y% CHsCHBr + HBr
colour from orange to colourless.

ethane bromoethane

Chlorine water slowly changes colour from
pale yellow to colourless.

CeHs + CLeag) D GHsCl + HCl
henzene chlorobenzene

*Note: If excess Br; or Cl; is present in the reaction mixture then substitution of hydrogen atoms will
continue until complete. This would result in the formation of hexabromoethane ((;Brgs) and
hexachlorobenzene (CsCl).

12.12 Combustion reactions of hydrocarbons
Hydrocarbons are excellent fuels. (See Fig 11.) When ignited in excess air (02) they
produce carbon dioxide, water vapour and release considerable amounts of heat energy.

2C4H10(g) + 1302(g) — 8C02g) + 10H0(e) + 5754 k)
butane considerable heat energy

Incomplete combustion occurs if the air (0z) supply is limited (insufficient). Carbon
monoxide and even soot [C(s)] can be produced. (See Fig 12.)

2C4H0(g) + 90208) — 8C0(g) + 10H20(g) + 3490 k)
butane less heat energy

Incomplete combustion is an inefficient way to burn hydrocarbon fuels as it produces
significantly less energy than complete combustion.
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More importantly, incomplete combustion is a potential health hazard due to the toxic products
formed. Inhaled carbon monoxide molecules have the ability to attach to haemoglobin
molecules in blood. They do so around two hundred times more strongly than oxygen
molecules. Inhaling even relatively low concentrations of carbon monoxide can lead to
hypoxia, a condition where cells are deprived of an adequate oxygen supply. Symptoms
include headache, mental confusion, agitation, nausea, vomiting and if untreated may lead to
death. As carbon monoxide is a colourless and odourless gas its presence may initially go
unnoticed. For this reason it is essentfial to provide adequate ventilation when burning
hydrocarbon fuels in confined spaces.

Indoor gas heating in Western Australia is currently regulated by the Department of
Commerce. It stipulates the maximum allowed gas heater size for an unflued (no chimney for
exhaust gases) indoor heater is 25 MJ. Any room fitted with a gas bayonet point must have
two fixed ventilation points each of 250 cm? area, one af floor level and one at ceiling height.
The vents ensure sufficient air flow into the room thus maintaining an adequate oxygen
concentration needed for the complete combustion of heater gases. This is essential for the
prevention of incomplete combustion and carbon monoxide formation.

f Book Quiz12.12 @ lucaspublications.com.au. J

f complete Set 21.}

( Set 21 Reactions of hydrocarbons J

1. Write a balanced equation for each of the addition reactions described here.

a. CH2=CH(g) + Cla(g) > ?

b. CHz=CHa(g) + HCl(g) > ?

¢. CHz = CHCHs(g) is combined with Hz(g).

d. Propene gas is bubbled through bromine water.
e. Chlorine water is mixed with cyclopentene.

f. Propene gas is bubbled into an HBr(ag) solution.

2. Write a balanced equation for each of the following substitution reactions. Assume the
reaction conditions permit single substitution only, unless otherwise indicated.

a. CHsCHs(g) + Cl(g) — +

b. A mixture of CHa(g) and excess Bra(g) is exposed fo ultraviolet radiation.
(Assume complete substitution occurs.)
¢. Afew drops of bromine water is mixed with excess liquid hexane.

d. A few drops of bromine solution and excess benzene are mixed and exposed to
ultraviolet radiation.

e. Ethane gas and excess chlorine gas are combined and react until no further
reaction occurs.

3. Write balanced equations for the combustion of the following fuels. Assume an excess
air supply (complete combustion) unless otherwise stated. (See border note.)

a. Burning methane in a Bunsen flame (Fig 12), CHa(g) + 0:(g) — +

b. Incomplete combustion of propane, a major component of LPG.
GHs(D + O2g) — +
CaaHso(s), @ wax, is burnt with a limited air (02) supply.

. Burning octane, a major component of petrol. Assume complete combustion.
. Acetylene ((2H2) in an oxyacetylene torch and excess oxygen is ignited.

-~ m o n

Complete combustion of benzene, an important petrol additive.

www.lucaspublications.com.au

rotating
collar with

air hole—> natural gas

1 «— (Hs

FIGURE 12 The heat produced from a
Bunsen burner comes from the combustion
of natural gas (essentially methane, CHa). A
rotating collar surrounding the air hole can
be adjusted to vary the amount of air mixing
with methane. Less air results in incomplete
combustion forming CO, C (soot) and less
heat.

The yellow-orange colour of a Bunsen
flame is caused by the presence of unburnt
carbon particles (soot) within the flame.
This happens when the air holes are fully
closed as insufficient air (02) is present for
complete combustion o occur.

Sometimes the effect of incomplete
combustion can be seen when diesel
powered cars or trucks accelerate quickly
producing plumes of black exhaust. The
black smoke (particulate pollution) consists
of unburnt carbon particles.

Hint!

Having trouble visualising the reaction
products? Try drawing full structural
formula for the organic reactant and ifs
product.

Substitution reactions can be used fo
produce chlorinated hydrocarbons. These
are a most useful class of organic
compound. They have application in the
manufacture of rubbers, plastics, insecticides
and as industrial solvents.

Chloroethene (CH=CHCL), also known as
vinyl chloride, for example is used in the
manufacture of polyvinylchloride, the
plastic known as vinyl or PVC. Dry cleaning
fluid or tetrachloroethene (Clo.(=CCl>) is
excellent for dissolving grease and oil. It can
be used for dry-cleaning clothes that would
otherwise be damaged by soap or water.

A wide variety of hydrocarbon fuels are
available for different specific applications.

methane (C1) (major component of NG)
home heating and cooking

acetylene ((;) (ethyne)
high temperature flames

LPG (C3.4) (mainly propane and butane)
mator cars and portable cookers

petrol (Cs-10) motor cars

jet fuel (Cs-16) aircraft
diesel (C10-15) heavy vehicles
wax (C0-40) candles
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Steam cracking is used in the pefrochemical
industry to convert light fractions of crude
oil (those with less than 6 atoms of carbon
in each molecule) into ethene. The light
crude fraction along with steam is heated to
between 750 °C and 950 °C. The resulting
reactions convert long chain molecules into
smaller molecules (ie cracking) and
infroduce double bonds into some. Ethene is
one product of this process. It is separated
from the resulting mixture of compounds by
high pressure distillation.

Catalytic cracking by comparison involves
various decomposition reactions of heavy
crude oil residues. The process uses
controlled pressure and temperature
(450-500 °C) with the aid of an Al203/Si0z
catalyst to convert large hydrocarbon
molecules fo a variety of smaller
molecules. The resulting compounds are
suitable for use in petrol and other fuels and
as a chemical feedstock.

Fluorine (F2) reacts explosively with all
hydrocarbons causing both addition and
substitution.

lodine (I2) shows no tendency to undergo
addition or substitution reactions with
hydrocarbons.

102 Chapter 12

. Ethane extracted from natural gas can be converted to ethene by a process called steam

cracking. (See border note.) This is an important petrochemical process for the production
of ethene. A steam and ethane mixture is heated to between 750 °C and 950 °C. This
produces ethene and a valuable by-product, hydrogen gas. Steam plays no part in the
chemical reaction itself.

a. Use the information given to write an equation for this reaction. How does this
reaction compare with the process of addition of hydrogen to an alkene?

b. Very briefly state the advantage of heating the mixture to such a high temperature.

¢. Why is ethene such an important hydrocarbon?

. Catalytic reforming is an important chemical process used in the petrochemical industry for

the production of quality automotive fuels. Generally this involves straight run heavy
naphtha (a crude oil distillate mixture consisting mostly of Cs to Cio hydrocarbons) being
converted to aromatic compounds and various branched hydrocarbons. The reforming
process may involve reactions like the conversion of straight chain saturated hydrocarbon
compounds such as heptane fo 2,2-dimethylpentane or to aromatic compounds like
methylbenzene. Hydrogen gas is a valuable by-product of this process.

a. With reference to this information, explain the meaning of the phrase, ‘converted
to aromatic compounds and various branched hydrocarbons.

b. Use the information given to write an overall equation for the formation of methyl
benzene during catalytic reforming. What is the by-product of this reaction?

. Briefly, what is the purpose of carrying out this catalytic reforming process?
(See Fig 9 p97.)

. Ali carried out a variety of reactions using different hydrocarbons as outlined below. In

each case determine whether he will observe a reaction and if so state:
i. the type of reaction (addition, substitution or combustion)

ii. the names of the expected products (an equation is not required)
iii. the observations that Ali would notice.

a. Ethane gas is bubbled through bromine water and exposed to sunlight (UV radiation).
b. A mixture of ethene and oxygen is ignited.

¢. A mixture of benzene and chlorine water is exposed to sunlight.

d. Hydrogen chloride gas is bubbled through pent-1-ene.

. Addition and substitution reactions can be used to make halogenated compounds. This

is done by reacting a suitable hydrocarbon with an appropriate halogen (F2, Clz or Br)
or an appropriate hydrogen halide (HCl, HBr or HI). Name the starting materials that
you could use to make each of the following organic compounds. Also state the type
of reaction involved. There is no need fo give the equation or describe the reaction
conditions.

a. chloroform, CHCl ¢. 2-chlorobutane

b. 1,2-dibromobutane d. bromobenzene

. It is sometimes possible to distinguish between saturated and unsaturated

hydrocarbons by their reaction with bromine water. Unsaturated hydrocarbons rapidly
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