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About this book

Essential Chemistry covers the West Australian ATAR Chemistry Course Units 3 and 4 as outlined by the School
Curriculum and Standards Authority of Western Australia. It provides a complete coverage of the Science Understanding
and Science as a Human Endeavour strands and includes aspects of the Science Inquiry Skills strand.

Great care has been taken to ensure the depth and breadth of chemistry content within this text accurately reflects the
course outlined by the School Curriculum and Standards Authority. There are however, some inclusions that review
content from the Chemistry Course Units 1 and 2. The author considers this desirable for developing a good understanding
of the 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 3 or 4.

Features

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

= (Complete coverage and integration of the course strands: ‘Science as a Human Endeavour’ and ‘Science
Understanding’ including aspects of ‘Science Inquiry Skills'.

= (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.

= 21 sets of questions and problems with each question directly linked to a chapter section. Questions are carefully
sequenced to allow mastery of single principles and concepts before leading into more challenging and complex
fasks.

= A comprehensive solutions manual that provides students with detailed answers to all written and calculation questions
as well as supplementary explanations and notes. These allow students to have greater control over their learning and
progress.

= Fully indexed for convenient use.
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CHAPTER1 | REVIEW: ENERGY AND REACTION RATE

e The test tube and anything
else around it are the

surroundings.
The reaction mixture is
the system.

Figure 1 When analysing energy changes in
a chemical reaction it is convenient to define
the reaction mixture as the system and its
container and everything else around it as
the surroundings.

1.1 Review: Understanding energy

Energy can be described as the capacity to do work or cause change. It is measured In
joules. Some forms of energy are heat, chemical, electrical, light, kinetic and potential. The
various forms of energy are interchangeable. However, the total amount of energy present
is always constant. This means whenever one form of energy disappears or reduces in
amount then another form of energy will appear or increase in amount so that the total
quantity of energy present is unchanged. Thus, if the energy present in a given system falls
then there will be a corresponding rise in the energy of its surroundings so that the total
energy in the system + surroundings remains constant. (See Fig 1.) This idea is known as
the law of conservation of energy.

f Book Quiz1.1 @ lucaspublications.com.au.J

f Attempt et 1#1.

Figure 2 A combustion reaction like thatin a
gas burner releases heat to the surroundings.
This happens as the total energy stored in
the bonds of the products is less than that of
the reactants. The energy difference
appears as heat in the reacting system
causing its temperature to rise. Heat then
flows out of the hot reacting system (gas
flame) and into the cooler surroundings (air
and hands). Overall energy is conserved.

(0x(g) + 2H.0(e) + HEAT

CHa(g) + 202(3)
CHa(g) + 202(8) — (02g) + 2H:0(g)

weak bonds, ie strong bonds, ie
high chemical ——> low chemical
potential energy potential energy

1.2 Review: Energy changes in chemical reactions

During a chemical change, energy in the form of heat, light or electrical energy can be
produced or consumed. Sometimes, for example, a reacting system and its surroundings is
seen to heat or cool simply because of the chemical change taking place. These heating or
cooling effects result from a difference in the enthalpy of the products of a reaction
compared to what was originally present in the reactants. Enthalpy being a measure of the
energy present in a substance. It includes (but is not limited to) the energy stored in
chemical bonds, known as chemical potential energy plus the energy of particle motion,
ie particle kinetic energy. Although it may seem odd, it isimportant to remember that weak
bonds hold more chemical potential energy than do strong bonds.

During a chemical change some bonds are broken and new ones are formed and so there
will inevitably be a change (increase or decrease) in the amount of stored chemical potential
energy (bond energy). As energy must be conserved, any change in chemical potential
energy must be balanced by an opposite change in some other form of energy, usually
particle kinetic energy (‘heat’). This means the temperature of a reaction system will rise
or fall and cause heat energy to flow into or out of the reaction system. (See Fig 2.)
Remember, heat always flows from hot regions to cooler ones. This flow of heat (into or
out of a reacting system) changes the enthalpy (total energy) of the reacting system. The
resulting enthalpy change, AH is defined as:

where: H = enthalpy

AH = change in enthalpy

AH = H(produds) = Hqreactants)

For chemical changes that happen at constant pressure, such as in an open beaker or test
tube, the heat gain or loss of the system equals its change in enthalpy (AH). In these
situations AH is also referred to as the heat of reaction.

f Book Quiz1.2 @ lucaspublicaﬁons.com.au.J

f Attempt Set1# 2. |

2 Chapter 1

1.3 Review: Endothermic and exothermic reactions

Reactions that lose heat to the surroundings (eg combustion, see Fig 2) are called
exothermic reactions. These have a negative value for AH, ie enthalpy decreases during
the course of the reaction. In an exothermic reaction some of the chemical potential energy
stored in bonds is converted to particle kinetic energy. This causes an increase in the
system’s temperature. Overall energy is conserved with chemical potential energy
becoming ‘heat’ energy. However, as this change raises the reacting system’s temperature
heat then flows out of the hot system and into the cooler surroundings. (See Fig 2.) The
loss of heat energy from the system to the surroundings then means the system'’s enthalpy
(total energy) has reduced and hence AH is negative.

Reactions that gain heat from the surroundings are called endothermic reactions. These
reactions have a positive value for AH, ie enthalpy increases during the course of the
reaction. This will happen if some of the particle kinetic energy in the reacting system is
converted into chemical potential energy stored in bonds.

© Lucas Publications



Overall there is initially no change in enthalpy. However, as a consequence of the reduced
particle kinetic energy the reacting system’s temperature will fall. Heat then flows from the
warmer surroundings into the cooler reacting system. This now increases the reacting
system’s total energy, ie increases its enthalpy and hence AH is positive. (See Fig 3.)

EXOTHERMIC

Figure 3 Exothermic reactions convert chemical enthalpy decreases et flow

potential energy (purple), into increased particle
kinetic energy (red). This means the temperature of
the system (reaction mixture) rises and
consequently heat flows out of the system (hot) to
the surroundings (cool). Overall, the reacting
system loses energy fo the surroundings thus its

enthalpy decreases. heat flow

enthalpy increases
ENDOTHERMIC

The enthalpy change, AH (or heat of reaction) for a chemical reaction can be shown
graphically using an energy profile diagram (Fig 4) or it can be written along with the
chemical equation. Sometimes the heat absorbed or released during the reaction is written
into the equation rather than giving the enthalpy change. (See below.)

(B) Endothermic reaction

In this reaction enthalpy increases by 394 kJ, ie
AH=+394 kJ and so 394 kJ of heat is absorbed
from the surroundings.

(A) Exothermic reaction

In this reaction enthalpy reduces by 572 kJ, ie
AH=-572 kJ and s0 572 kJ of heat is released to
the surroundings.

2Ha2(g) + 02()

C(s) + 02(g)

AH =+394 KJ

enthalpy
enthalpy

AH =-572 kJ

2H200)

(02(g)

reactants — > products reactants ———  products

Equation showing enthalpy change, AH Equation showing enthalpy change, AH

2Ha(g) + O208) — on A 0] (0208) — + 020g) A kJ @
heat released Equation showing heat absorbed
2H2(g) + O29) — oM + 572 K............... €} (g + 394kl - + 0208) e @

The above equations show how the energy change involved in a chemical reaction can be

written along with the equation in terms of the enthalpy change (ie AH, see ©® @

heat flow (see ® ®

1.4 Review: Collision theory and reaction rate

Adding a strip of zinc metal to a dilute hydrochloric acid solution results in a
moderately fast reaction. Using concentrated hydrochloric acid makes this
reaction much faster. (See Fig 10.) By comparison, under normal conditions, the
rate of reaction between the reagents in a sparkler (Fig 5) is so slow that it
appears as if no reaction is occurring at all. If however, the sparkler is lit, then
an extremely rapid, almost explosive reaction is seen.

Figure 5 The reagents in a sparkler consist of a heterogeneous mixture of solid particles including:
magnesium, aluminium, potassium chlorate and barium nitrate. Maximising the surface area or state
of subdivision of these solid particles ensures a fast reaction rate. Also, once the reaction starts, its
exothermic nature ensures it then continues rapidly due to the large amount of heat released.

www.lucaspublications.com.au/

Endothermic reactions convert parficle kinetic
energy (*heat’) into stored chemical potential
energy. The loss of particle kinefic energy within
the reacting system (converted to chemical
potential energy) causes the system'’s femperature
to fall. As the system cools, heat then flows into it
from the warmer surroundings. Thus the system
gains energy from the surroundings and its
enthalpy increases.

Figure4 The energy profile diagram (A)
shows the reduction in enthalpy for an
exothermic reacfion. In the endothermic
reaction (B) there is an increase in enthalpy as
products have more enthalpy than reactants.

For convenience AH is can be written along
with the balanced equation, as shown for @
and @ (at left). Alternatively the heat
absorbed or released in the reaction is written
into the equation, as shown for ® and ®.

Book Quiz1.3 @ lucaspublications.com.au.
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Figure 6 The collision
theory tells us that for a
chemical reaction fo occur
there must be a collision
between the reacting
substances at the particle
level. Here we see how the
formation of HBr depends
upon a collision between a
H2 molecule and a Br
molecule.

Brz and Hz

course

Figure 8 Energy profile diagrams show the
change in potential energy for reacting
particles as they approach and form an
activated complex. If the colliding particles
have too little kinetic energy they will
rebound before the activated complex forms
and so there would be no reaction. The
minimum collision energy needed to form an
activated complex is the activation energy.
This is labelled Ea.

f Book Quiz1.4 @ lucaspublicaﬁons.com.au.‘

f Attempt Set 1 # 5 and 6.
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molecules . ,,'
ona
collision —

Chemical reaction rate is a measure of the rate at which reactants are consumed or
products are formed. Typically the rafe or speed of chemical reactions increase with
increasing temperature, concentration, pressure and state of sub-division. As well as
these factors, the presence of a catalyst in a reaction mixture will also increase the rate of
reaction. Catfalysts are unique substances which are involved in a reaction without
appearing to be consumed by the reaction. Thus the amount of catalyst present in a reaction
mixture does not change as the reaction proceeds.

The way in which reactions occur and the reason why these conditions affect rate can be
understood and explained in terms of the collision theory. This theory describes chemical
reactions in terms of individual particle collisions. According to the collision theory, for a
reaction to occur, all of the following conditions must be met.

= The reacting particles; atoms, molecules or ions must collide. (See Fig 6.)

= The collision energy must equal or exceed a certain minimum amount known as the
activation energy, Ea. (See Fig 8.)

= The reacting particles must collide with a suitable orientation. (See Fig 7.)

H2(g) + Brag — 2HBr(g) Figure 7 The transition state in Fig 6 shows
a suitable orientation that can lead fo a
| reaction between the colliding particles. The
_ transition collision orientations shown below are not

likely to be successful.

Two HBr molecules
may be formed.

state

poor collision orientation

As reacting particles approach each other, repulsive forces between their electron clouds
cause them to slow down and lose kinetic energy. This lost kinetic energy converts to
increased potential energy of the colliding particles. If the colliding particles have sufficient
kinetic energy they will approach close enough (collide) to form a transition state, (Fig 6)
also known as the activated complex, the highest potential energy state for the reaction.
The transition state is a point in the reaction where new bonds are forming and the original
bonds are breaking. It is an unstable arrangement that decomposes quickly to form either
the original reactants or new products. The minimum collision energy required to form the
transition state is known as the activation energy, E.. (See Fig 8.)

Exothermic <\transiﬁon state Endothermic <\fransition state
(activated complex) (activated complex)

> Ea = activation energy >

‘:30 %D products

b5 o 7Y

T | reactants = | reactants AR (ha's a+ve value)
fo o

QL @

S| AHJ(has a -ve value) a

products

reactants ——> products reactants ———products

1.5 Review: Factors that affect reaction rate

The collision theory gives us a basis for understanding and explaining the effects of
concentration, temperature, pressure, state of sub-division and catalysts on reaction rate.

Concentration: Raising the concentration of an aqueous reagent increases the reaction rate.
Typically doubling the concentration of a reagent will usually (but not always) double the
reaction rate. The collision theory provides an explanation for this observation in terms of
collision rate; also know as collision frequency. A higher concentration of reacting particles
causes an increase in the rate (ie frequency) of collisions between these particles. This
greater rate of collisions is the reason for the observed increase in reaction rate. (See Fig 9.)

© Lucas Publications



Figure 9 Concentration affects the rate Zinc strip in Zinc strip in

of reaction between Zn(s) and HCl(ag). 1.0 mol L™ HCl(ag) 6.0 mol L™ HCl(aq)
Zn(f) + 2HCl(ag) — ZnCl.z(aq) + Ha(g) Hz(g) bubbles H*(ag)

Notice the rate of evolution of hydrogen Zn strips Zn strip

gas is much greafer in the right hand test /

tube with the higher concentration of =SS
HCl(ag). According to the collision theory,

this is due to a greater rate of collisions > °
between HCl(ag) [specifically H*(ag)] and pe
Zn atoms on the zinc surface in the more
concentrafed solution. This is visualised af ® A
the particle level by Diagram A, low H*(aq)
concentration and Diagram B, high H'(aq) o
concentration.
Zinc strip in Zinc strip in A greater rate of collisions of H*(aq) ions with the Zn
1.0 mol L™ HCl(ag) 6.0 mol L™ HCl(aq) surface (6x greater) will occur in the 6.0 mol L™ HCl(ag).
Gas pressure: Raising the pressure, by reducing volume or adding more gas to the same
container, creates a greater concentration of reacting gas molecules. This causes an increase
in the rate of collisions between these molecules, hence an increase in rate of reaction.
Typically doubling the pressure of a gaseous reagent will usually (but not always) double
the reaction rate. As with concentration in agueous solutions the collision theory can explain
the rate change in terms of collision rate of the reacting particles. (See Fig 10.)
air, 78% Nag) + 21% Oa(g) pure 02(g) Figure 10 Iron, in the form of steel wool,
burns slowly in air as it reacts with Oz(g)
steel wool Fe(s) . — to produce Fe304(s).
e steel 8 - o 3Fe(s) + 202(8) — Fe304()
o
WI?OI’ r) ¥ = The 02(g) pressure in air is around 21 kPa.
e A gas jar of pure oxygen, however,
b ”» ® contains Oz(g) at a pressure of around
8 ) 1071 kPa. Here the same reaction is much
r) more vigorous. The increased rafe is due
® o ® 8 8 to the higher 02(g) pressure which gives
® & rise to a greater rate of collisions
A : B J) A - L )® E 8 o\ between 0z molecules and Fe atoms on
- the steel wool surface.
Steel wool burns Steel wool burns rapidly A greater rate of collisions of O2(g) molecules with the ~ This is visualised at the particle level by
slowly in air, ie in pure 02(g), ie 02(g) at Fe surface (x5x greater) will occur in pure oxygen  Diagram A, low 02(g) pressure (air) and
02(g) at ~ 21 kPa. ~101 kPa. (B) than air (A). Diagram B, high 02(g) pressure (pure
oxygen).

Temperature: Raising the tfemperature of a reaction mixture always increases the reaction
rate. (See Fig 11.) This is true for both endothermic and exothermic reactions.

Figure 11 The series of images below show the reaction between sodium thiosulfate (Na2S:03) and hydrochloric acid: S;03 (ag) + 2H*(ag) — S(s) + SOz(ag) + H20()
at 15 °C (Flask A) and 65 °C (Flask B). The speed of this reaction can be visually monitored as it produces elemental sulfur, S(s) which turns the clear mixture cloudy
yellow. Notice how the black cross disappears much more quickly in Flask B, the warmer flask. The rate of this reaction is much greater at the higher temperature as a
greater percentage of the collisions between thiosulfate ions, S20% (ag) and hydrogen ions, H*(ag) have a collision energy equal to or greater than the activation energy.

== = = 3 F
-7 S B ) =& =&
< > e g S
LA B B | ) B \ B
start 2 minutes : ‘ 4 minutes [ 6 minutes

& 3

Flask Ais af 15 °C Flask B is at 65 °C After 6 minutes the black cross beneath Flask A'is still visible while that beneath Flask B is no longer visible.

Using the collision theory it is possible to explain this in terms of successful collisions. At a
higher temperature, particles on average have a greater kinetic energy. Remember,
temperature is a measure of the average kinetic energy (Ex = 15mv?) of the particles of a
substance. As the temperature of a substance rises so does the average kinetic energy of
its particles.
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Figure 12 The distribution of collision energies for the particles in a

Thus at a higher temperature the average collision energy of reacting particles in a reaction
mixture increases (Fig 12) and a greater percentage of collisions will have sufficient energy,
> activation energy, to form the activated complex. Thus a greater percentage of collisions
are successful and hence reaction rate increases with increasing temperature.

temperature T1 < T

reaction mixture depends upon its temperature. At the higher T4

temperature T a greater percentage of collisions have collision energy

greater than activation energy, E

area (red). The blue shaded area shows a smaller percentage of collisions
have collision energy >  af the lower temperature T

Figure 13 Car engine fuel injectors spray
liquid fuel into the combustion chambers
(cylinders) forming a fine mist of fuel (high
surface area). This increases the rate of
collision between oxygen molecules (gas
phase) and the fuel molecules (liquid
phase), thus increasing the rate of fuel
combustion.

Figure 14 With a catalyst present the
activation energy is lower. The shaded areas
(red hatched and green) show a greater
percentage of collisions have energy >Ea
(activation energy) when a catalyst is
present.

lower activation
energy
with catalyst

activation
energy
Ea(cat) no catalyst

percentage of collisions

collision energy

6 Chapter1

activation energy (Ea)

Collisions in the shaded
areas have sufficient

i energy (>Ea) to form the
transition state.

percentage of collisions

e
low energy collision energy

high energy
—

It is also true, that higher temperatures mean an increased rate of collision between
reacting particles. While this does contribute very slightly to an increased rate of reaction,
its effect is known to be minor compared to the effect of increased collision energy.

State of subdivision: Heterogeneous reactions involve reactants that are in two separate
phases, eg solid-solid, solid-liquid, solid-gas, liquid-gas or two immiscible liquids. In these
reactions the reacting particles can only collide at the surface boundary where the separate
phases make contact. Increasing the surface area (ie state of subdivision) of either of the
reactants exposes a greater number of reacting particles to the possibility of a collision. This
results in an increased rate of collision between the reacting particles and hence increases
the reaction rate. (See Fig 13.)

Each fuel injector releases
the same amount of fuel.

The fuel injector sprays liquid fuel, CsH1s(1)
as a high surface area mist.

exhaust

out
air in (0z2)

As a fine mist As asingle
the fuel has a drop the fuel
very high fotfal has a low total

Combustion occurs inside the engine cylinder.
2CsH4s(1) + 2502(3) —> 16C02(g) + 18H20(g)

surface area. surface area.

Catalysts: Certain substances, known as catalysts, have the ability to speed up chemical
reactions while they remain chemically unchanged at the end of the reaction. Even though
the catalyst might take part in the reaction there is no net consumption of the catalyst at
the end of the reaction. Many transition metal elements like Mn, Pt, Pd, Au, Rh and their
compounds show strong catalytic effects in certain reactions. The presence of a small
amount of manganese dioxide, Mn0x(s) for example, rapidly increases the rate of
decomposition of hydrogen peroxide to oxygen and water. (See Fig 15.)

Catalysts increase the rate of reaction by providing a reaction pathway; a series of changes
by which reactants change to products; with a lower activation energy. Thus when a
catalyst is present a greater percentage of collisions will have energy equal to or greater
than the activation energy. (See Fig 14.) As a result a greater percentage of collisions are
successful and so the rate of reaction increases.
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Figure 15 The uncatalysed and catalysed energy
profile diagram for the decomposition of H202(ag).

2H02(aq) —  2H200)  + 0a(g)

A high activation energy makes this reaction slow under
normal laboratory conditions. Adding a catalyst like
MnQx(s) provides the reaction with a pathway of lower
activation energy. Thus with the catalyst present a greafer
percentage of collisions between H20, molecules have
sufficient energy to form the activated complex. Such
collisions may go on to produce Hz0(1) and Ox(g). As a
result the rate of decomposition of H202(ag) is much
greater with a catalyst present. progress of reaction

activation energy
without a catalyst

activation energy

H202(aq) with MnQO; catalyst

potential energy

H20() and 02(g)

The economic synthesis of many valuable chemical substances involves the use of inorganic
catalysts (eg Pt, Rh, MnO2, V20s) or enzymes (biological catalysts) to speed up otherwise
slow reactions. Even though high temperatures and pressures can be effective they require
the use of large amounts of energy which has associated economic costs, environmental
costs and sustainability issues. Catalysts can offer a solution which is sustainable, has lower
energy input and minimises environmental impact. The use of enzymes can be
particularly advantageous as they are usually very fast acting, extremely specific in the
reactions they catalyse and tend to be non-toxic to people or the environment. Their
specificity helps to avoid unwanted side reactions and the formation of potentially harmful

Mn0z(s) catalyst
(black) mixing
with H202(ag).

02(g) bubbles
form where
the cafalyst is
present.

H202(ag) only,
no catalyst
present here.

or wasteful by-products. (See Chapter 15.)

www.lucaspublications.com.au/
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Figure 16 Silver depositing on a copper coil.
2Ag*(ag) + Culs) — Cu?*(ag) + 2Ag()

air hole

] <—

Figure 17 The heat produced from a Bunsen
burner comes from the combustion of
natural gas (essentially methane, CHs). A
collar surrounding the air hole can be
adjusted to vary the amount of air mixing

with methane.

breaking

collide

repel

reactants
orientation
hydrogen bromide
kinetic energy
activation energy
randomly
activated complex
forming

electron clouds
molecules
decompose
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1.

’ Set 1 Review: Energy change and reaction rate

Figure 16 shows the chemical change that occurs when a copper coil is placed into a
silver nitrate solution. The reaction produces a deposit of pure silver and a solution of
copper nitrate (pale blue). Use this example to show your understanding of the terms
system and surroundings in the context of this chemical reaction.

The reaction mixture shown in Fig 16 shows a slight temperature rise as the reaction
progresses. With this in mind answer the following questions.

a. Compare the enthalpy of the reactants and products of this reaction.

b. Describe the energy changes occurring in this situation that lead to the temperature
rise. Your answer should refer to the reactants, products, enthalpy, chemical
potential energy, heat, system and surroundings.

¢. On average which bonds are stronger, those of the reactants or products? Justify
your answer.

Consider the reactions described here and classify them as endothermic or exothermic.
In each case describe what happens to the temperature of the reacting system and give
a brief explanation of why its temperature changes.

a. 2Hxg) + 0a(g) — 2H.000 + 572k

CeH1206(s) + 6020g) — 6C02(g) + 6H0(D) AH =-2870kJ
H20(s) — H200) AH =6.0kJ

GHsOH() + 43k) — (GHsOH(g)

o n o

A Bunsen burner (Fig 17) ufilises the combustion of gaseous hydrocarbons like
methane, CHa(g) as a means of producing high temperatures. Typically the reaction
products are carbon dioxide gas and water vapour.

a. Is this reaction endothermic or exothermic? Explain.

b. Write an equation for the complete combustion of methane in air as described
above.

¢. Write the equation to include heat given that each mole of methane releases
802 kilojoules of heat energy when burnt this way.

d. Write the equation to show the enthalpy change, AH.

e. Draw an energy profile diagram for this reaction. Label the axes, reactants,
products, enthalpy of reactants, enthalpy of products and AH.

The following passage describes the events taking place at the particle level when
hydrogen gas, H2(g) and bromine gas, Brz(g) are mixed in a sealed container and react
to form hydrogen bromide, HBr(g). Use the terms listed to complete the passage. Some
terms may be used more than once.

Hydrogen and bromine () move () within the mixture of two
gases. Occasionally a molecule of hydrogen gas will « with a molecule of
bromine gas. When they collide the negatively charged () of the two

one another and
so that the collision
and the collision has a favourable

molecules will partially overlap causing the molecules 10 (e)
slow down. If the molecules collide with sufficient
energy is greater than or equal fo the )
(h) then a reaction may occur.

Once the molecules of hydrogen and bromine have collided with sufficient energy they form
asingle but unstable unit called an ¢ . Inthis structure the original bonds present
within the hydrogen molecules and bromine molecules are () while new bonds
between bromine atoms and hydrogen atoms are () . This activated complex or
fransition state is a short lived arrangement of loosely bonded atoms that will rapidly
0) to form either the original (m) or ()

© Lucas Publications



6. The commonly used sports cold pack (Fig 18) contains NHaCl(s) and water in separate
compartments. When struck sharply the two substances mix allowing water to dissolve
the solid NH4Cl, resulting in a cooling effect.

a. Is this reaction endothermic or exothermic? Explain.
b. Write an equation for this reaction.

¢. Include heat in the equation given the dissolving of one mole of NH4Cl(s) absorbs
1.4 kilojoules of heat energy when dissolved.

d. Show the enthalpy change, AH in your equation.

e. Draw an energy profile diagram for this reaction. Label the axes, reactants, Figure 18 Insfant sporfs cold packs use an

s endothermic reaction to produce freezing
products, AH and activation energy (Ea). temperatures. Sports hot packs use an

exothermic reaction to produce a heating

effect.
7. A student investigated the reaction rate of the exothermic reaction between calcium
carbonate and hydrochloric acid. She used a 3.5 g piece of CaC0s(s) placed into 40 mL
of 2.5 mol L™ HCl(ag) initially at 19 °C. As the reaction proceeded carbon dioxide was
formed and collected by the downward displacement of water. The total volume of gas tofal 6)
produced was noted every 30 seconds for a four minute period. Her results are graphed vaoé%r;;
in Fig 19. The equation for this reaction is shown here. produced o
CaC0s3(s) + 2HCl(ag) — Calla(ag) + CO2(g) H.0(g)
As can be seen in Fig 19 the rate of formation of C02(g) is initially low © o
@ ® ;
Ime

to account for these changes in rate.

Figure 19 Shows how the rafe of formation
of carbon dioxide gas changes during the
course of the reaction.

8. Hydrogen is an extremely flammable gas. Mixed with oxygen it can react explosively to
produce water and a considerable amount of heat energy.

2Hag) + 020g) —  2H.0(0 AH=-572K

At room temperature, however, there is no evidence of a reaction between these gases
and at these conditions a mixture of hydrogen and oxygen can exist indefinitely. If
however, a room temperature mixture of hydrogen and oxygen is passed over a
platinum wire mesh the mixture will instantly ignite without the mesh itself showing
any signs of chemical change.

a. Describe how the presence of platinum mesh allows hydrogen and oxygen fo react
rapidly at room temperature.

b. Use the information given to sketch an energy profile diagram for the reaction of
Ha(g) and 0:(g) with and without the presence of platinum. On the profile label
reactants, products, AH and activation energy.

¢. The Hindenburg airship disaster of 1937 (Fig 20) was the result of the combustion
of on-board hydrogen gas used for the airship’s buoyancy. The cause of the disaster
has never been clearly established. One theory suggests lightning or an electrical
spark, due to static electricity forming on the hull of the airship, may have been the
cause. In either case, for the hydrogen gas to burn, it must have somehow leaked
out of one or more of the buoyancy cells inside the airship hull.

i. Use your knowledge of the collision theory to explain how lightning or a spark
from a static discharge could ignite hydrogen gas from the Hindenburg.

ii. “Asparkinside any one of the airship’s buoyancy cells (filled with pure hydrogen
gas) cannot cause the hydrogen it contains to ignite.” Justify this statement with
reference to the collision theory.

Figure 20 The Hindenburg hits the ground in
flames in Lakehurst, N.J. on May 6, 1937.
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Figure 21 Apparatus for producing and
collecting carbon dioxide gas.

bubbles of
C02(g)

piece of
marble
(CaCos)

acid solution

The rate of formation of a substance in a
chemical reaction can be calculated using:

amount produced
fime taken

rate =

Rate can be expressed in a variety of units,
for example:

moles per second............... mol s
grams per second .............. gs’
millilitres per second.......... mLs”

9. The presence of certain gases in the atmosphere (like SOz, SO3 and NO2) can cause the

deterioration of metal, concrete and some types of stone structures. This happens as
these gases dissolve in rain water producing various types of acidic solutions
[eg respectively for the gases mentioned above: H»SOs(aq), H2S04(ag), HNOz(ag) and
HNOs(ag)]. Rainfall that has been made acidic in this way is known as acid rain.

Laura, a Chemistry student, decided to investigate what factors might alter the rate of
deterioration of a marble statue affected by acid rain. She decided to focus on the
heterogeneous reaction of marble, ie calcium carbonate, with a nitric acid solution.

CaC0s(s) + 2HNOs(ag) — Ca(NOs)a(ag) + H0() + CO(g)

She performed her reactions in a 500 mL open beaker at 25 °C and atmospheric pressure
of 101 kPa. Her initial reaction involved using a single 2 cm cube of marble, CaC0s in
200 mL of 0.010 mol L™ HNOs(aq). The carbon dioxide produced by the reaction was
collected in an inverted 50 mL measuring cylinder (Fig 21) initially full of the same acid
solution.

a. What measurements should Laura take in order to calculate the rate of reaction
between marble, CaC0s and the nitric acid solution. (See border note.)

b. She repeated her experiment several times being careful to change only one
reaction variable for each new experiment. The alterations to reaction conditions
used are described in the table below. Complete the table stating the independent
variable that was altered and any rate changes you might expect Laura o observe.
In the final column state how the collision theory supports your predictions.

Alteration to conditions | Independent
(other conditions unaltered) | variable (ie the | dependent variable
one being alfered) | (ie reaction rafe)

Predicted effect on the | Use the collision theory to justify your prediction

i. Heat the reaction
mixture to 55 °C.

ii. Use 0.10 mol L™
HNOs.

iii. Break the 2 cm cube
of CaC0s(s) into ten
smaller pieces.

iv. Refrigerate the
mixture to 2 °C.

10 Chapter1
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10. Chlorofluorocarbons, CFCs are a very stable non foxic group of compounds that are

now known to cause damage to the Earth’s ozone layer. (See Fig 22.) When these
pollutant gases reach the Earth’s upper atmosphere they become decomposed through
exposure to sunlight and form among other things free chlorine atoms, Cl.

(Flls(e) — CFCl(g) + U(g) (CFC decomposes in the upper atmosphere.)

It is the free chlorine atoms (free radicals) that are responsible for the depletion of
ozone molecules (0s). These two reactions show one way that CFCs can deplete ozone.
Cl(g) + 03(g) — Cl0(g) + 0xA(g)....... 3.)

(0@ + 0(g) — Cg) + 02(8) ...en.... 3 formation.)

a. Write the overall equation for the depletion of ozone, 03 in the presence of chlorine
atoms, Cl. (You will need to add reaction @ @

oxygen, as shown in your net reaction (from 10a above), is normally very slow.
What is the general name for substances like these chlorine atoms which increase
reaction rate this way? Justify your answer,

¢. With reference to the collision theory briefly explain the role of chlorine atoms in
increasing the rate of ozone depletion.

11. Transport vehicles like the motor car use an internal combustion engine to produce

movement. These engines operate by burning fuels like petrol, diesel or LPG in air. The
major products of the combustion reaction are carbon dioxide gas and water vapour.
Heat energy from this reaction is ultimately converted to movement energy within the
engine. This movement energy is then fransferred to rotational movement of the
vehicle’s wheels.

a. The combustion of petrol (eg CsHis) in air (02) is exothermic and extremely slow
at room temperature. Sketch an energy profile diagram for this reaction. On the
profile label reactants, products, AH and activation energy. Justify the size of the
activation energy shown on your sketch.

b. Inthe internal combustion petrol engine the rate of fuel combustion is increased by
converting liquid petrol into a fine mist of petrol droplets. This is achieved by
spraying the fuel into combustion cylinders using a device called a fuel injector.
(See Fig 13 and 24.) Why should this technique increase the rate of combustion?

¢. The combustion rate of petrol in the internal combustion petrol engine is further
increased by compressing the reaction mixture. A moving piston (Fig 24) within the
combustion cylinder reduces the fuel/air volume by a factor of around 10 times.
Why does compression of the reaction mixture increase the rate of combustion?

d. Despite the use of high pressure and subdividing the liquid petrol to form a mist, the
rate of combustion in a petrol engine remains insignificant until a spark plug
(Fig 23) produces a small but high temperature spark within the petrol air mixture.

i.  Use your knowledge of the collision theory to account for the effect of the high
temperature spark on the rate of combustion within the fuel/air mixture in the
immediate vicinity of the spark.

ii. The spark is only able to cause heating within the very small volume of the
reaction mixture that is in direct contact with the spark itself. What causes the
remaining gas mixture (outside the spark area) to also rapidly burn?

e. One unwanted reaction occurring in the internal combustion engine is the reaction
of nitrogen gas, N with oxygen gas, 0, to produce nitric oxide (nitrogen monoxide
gas, NO). Nitric oxide is a harmful substance to both the environment and human
health. It also becomes involved in a series of atmospheric reactions producing
harmful substances generally known as photochemical smog.

The rate of formation of NO gas in the atmosphere (78% Nz and 21% 02) is negligible
compared to the rate of its formation inside the combustion cylinders (Fig 24) of a
motor car engine. Account for the difference in rate of formation of NO in the engine
cylinders compared to the atmosphere.

Figure 22 Ozone, Os is an allotrope of
oxygen, 0z occurring naturally in a region of
the Earth’s upper afmosphere known as the
ozone layer. Both the formation and
presence of ozone result in the absorption of
harmful UV radiation from the sun.

The depletion of ozone by
chlorofluorocarbons (CFCs) was first
recognised during the mid-1970s. Peak
production of CFCs occurred in 1977 and
since then their use has diminished to the
point where their use has now largely
ceased. The substitution of
chlorofluorocarbons with safer alternatives
is a direct result of international protocols.

Figure 23 A view of a spark plug used to
ignite the fuel air mixture inside an internal
combustion engine.

spark plug

spark occurs in the
electrode gap

Figure 24 A side view of a fuel injected
petrol engine.

Injector sprays in fuel. Airis drawn in here.

Spark plug ignites compressed
fuel air mixture inside the
combustion cylinders.
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CHAPTER 2 | CHEMICAL EQUILIBRIUM

Figure 2 Potential energy profile for the
reaction of NaOH(ag) with HCl(aq).

HCl(ag) + NaOH(ag) —> NaCl(ag) + H20()

low forward activation

energy \
HCI/NaOHt‘ \ high

reverse

> . .

o0 activation

[«9)

g energy

I

=

[«9)

S

2 NaCl/H.0
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f Attempt Set 2 # 1.}

Molecules (matter)
® leaving the open
° system.

Molecules evaporating
from the liquid
phase.

Figure 3 An open system (above) allows
both matter and energy to flow in or out of
the system.

A closed system (Fig 4) is one where matter
can not enter or leave but energy can.

A system that has achieved equilibrium
always appears static, ie it appears as
though the reactions within the system have
stopped. However, at a particle level both
the forward and reverse reactions are still
proceeding, albeit at the same rate. This is
why a chemical or physical equilibrium is
said to be dynamic rather than static.

12 Chapter2

2.1 Reversible reactions

‘Diamonds are forever’, or so they say? Interestingly though, graphite is actually the
preferred or more stable form of carbon. Despite this, under normal conditions, once
formed, a diamond shows no sign of changing back info graphite. Just as well!

((diamond) —> C(graphite)

Figure 1 Diamond and
graphite are two LT
interchangeable - | A
allotropes of carbon. 2| 8 (;n'f‘ )
] “u «4
= -~
€
[«9)
S
=1 !
((diamond) ((graphite)

This apparently non-reversible reaction is due to a very high activation energy (Fig 1) for
both the formation of diamond and its conversion back to graphite. Other reactions, like the
formation of salt and water from sodium hydroxide and hydrochloric acid, have a very low
activation energy in one direction but a high activation energy in the reverse direction. (Fig 2.)
Here the products, ie NaCl and H20, form rapidly but the reverse reaction, ie the formation
of NaOH and HCl, does not appear to occur under normal conditions. Reversible reactions
however, have a low activation energy for both the forward and reverse reaction.

Non-reversible reactions tend to be the exception. Most chemical reactions and physical
changes are reversible, at least to some extent. Reversible reactions do not go fo completion
as once the products form they react together to reform reactants. This is most easily seen in
physical processes like evaporation and condensation or dissolving and crystallising. If
reversible processes like these are confined to a closed system, ie one where energy can
enter or leave but not matter, then the forward and reverse reactions compete with one
another preventing the reaction from going to completion in either direction.

2.2 Evaporation of water - a physical equilibrium

A small amount of water left in an open flask on the laboratory shelf will over a period of weeks
disappear. An unsealed flask such as this is an open system. It allows water vapour (ie matter)
to diffuse into the surrounding air and escape from the flask. (See Fig 3.) Once all of the water
has evaporated and escaped, the flask is left dry. However, if the same amount of water is left
in a stoppered flask, ie a closed system, then evaporation can still occur but the vapour is unable
to escape. (See Fig 4.) Under these conditions the confined water vapour can condense and
revert to the liquid phase within the flask. Thus in a closed system like this, evaporation @ and
its reverse process, condensation @, can both occur. The equations for these opposing changes
can be shown separately or written together ® using a double arrow, =

evaporation:

H.0) —  H0(g) ....... O

or H0(g)....®
HOE — HOW...0—

HOQ) =
condensation: @

Initially there is minimal vapour in the stoppered flask (Fig 4) and the rate of vapour
condensation @ will be much less than the rate of liquid evaporation ®. Over time the
concentration of water vapour in the air above the liquid steadily rises. The increasing
vapour concentration leads to an increasing rate of vapour condensation. Eventually the
rate of condensation will equal the rate of evaporation. At this point the liquid water and
the confined water vapour are said to be in a state of dynamic equilibrium.

Even though water continues to evaporate there will be no further increase in its vapour
concentration as the vapour is condensing as fast as it is forming. A consequence of this is
the pressure due to water vapour inside the flask will become constant over time. This
constant vapour pressure is referred to as the equilibrium vapour pressure. (See Fig5.)
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Water molecules exert a
pressure called vapour
pressure. It is due to the
random collisions of

Some water molecules vaporise ©
as they leave the liquid phase.

Figure 4 At a given temperature the rate of evaporation
@ of water in the flask is constant. The graph shows this
as a harizontal blue line. At first, the rate of condensation
@ (red line) of H20(g) is negligible as the concentration of

¥SDOUT“,0|EEU'E?IW”'1 H20(g) is initially negligible.
® B & container watts. As the H20(g) concentration rises (due to the steady rate
H00)-— H.0() of evaporation) so does the rate of its condensation.
— Some molecules in Eventually the rate of condensation equals the rate of
[ . . . . .
" the vapour phase evaporation. At this point, t in the graph, the system is
= G condense @ as they said to be in a state of dynamic equilibrium and the
H20 = H00 randomly return to water vapour pressure reaches a steady value called the
the liquid phase. equilibrium vapour pressure.
t time
H200) N H20(g) ©
2 ~ 2U(g ©
@120
The position of this equilibrium describes the extent to which water is in the vapour phase. %100 /
The greater the vapour pressure, the more the equilibrium position favours the vapour S 80 7
. s . . = ethanol / water
phase (products). For this system the tendency to exist in the vapour phase increases with g 60
. . . . . . <
increasing temperature but it also depends upon the nature of the liquid involved. c 40
(See Fig 5.) In particular it depends upon the strength of the intermolecular forces present g2 >
within the liquid. Where these are stronger, the equilibrium vapour pressure is =0 =
=20 0 20 40 60 80 100 120

correspondingly lower and the vapour phase is less favoured.

f Book Quiz2.2 @ lucaspublications.com.auJ fAﬂempt Set2 # 2, 3 and 4.]

2.3 Reversible reactions and chemical equilibrium

temperature (°C)

Figure 5 These graphs show how vapour
pressure increases with temperature. The
low vapour pressure of water is due to its
strong intermolecular forces.

Many chemical reactions are known to be reversible. WWhen confined to a closed system,
reversible reactions can reach a point where they are said to be in equilibrium. For a
chemical reaction at equilibrium, two equal but opposing reactions are proceeding at the

same rate.

Example 1 Reversible reactions in the NO»(g)/N,04(g) equilibrium. (See Fig 6.)

2NOz(g)  —>  N04()........ ® Note: NO; is brown while N,O, is colourless

N204(8)  —> 2NOx(@)........ @)

Notice the products of reaction @ are the same as the reactants for reaction @ and
vice versa. Thus reaction @ and @ are said to be reversible or opposing reactions. If
a sample of NOy(g) is placed info a sealed container, its molecules will combine by
reaction @ to form N;04(g) molecules. Over time this reduces the concentration of
NO(g) and hence reduces the rate of reaction @. Also, as N;04(g) begins to form it can
then decompose by reaction @ reforming the original NO,(g). At some point the
concentrations of NO,(g) and N,04(g) are such that the rate of the opposing reactions
® and @ are equal. At this point the system is said to be at equilibrium.

Double arrows = are used to show reactions like those in the NO2(g)/N204(g)
system are reversible.

Nom AH =57 kJ

brown

N20a(g)

colourless

Written this way reaction @ is referred to as the forward reaction and
reaction @ as the reverse reaction. For a system like this to be at equilibrium,
the rate of the forward reaction ® must equal the rate of the reverse reaction
@. Thus, at equilibrium in the NO2/N204 system, NO: is being consumed by
reaction @ as fast as it’s being produced by reaction @. Similarly N204 is being
formed by reaction @ as fast as it's being consumed by reaction @.
Consequently the effects of forward and reverse reactions cancel one another
out. So at equilibrium the concentration of both NOz and N204 remains constant
over time. This constancy of concentrations for all the reactants and products
is the hallmark of a chemical system that has reached equilibrium. Because of
this constancy of concentrations, other features of a system at equilibrium, like
its colour, pressure or temperature (known as macroscopic properties) also
remain constant over fime.

www.lucaspublications.com.au/

Figure 6 Matter can not enter or leave a closed system.
An open beaker could serve as a closed system for an
equilibrium involving only condensed phases of matter
like solids, liquids or aqueous solutions. The sealed glass
tubes shown here form a closed system for the gaseous
NO2(g)/N204(g) equilibrium. (See Example 1.)

vial A cooled

The two vials, B and C originally confained an identical
equilibrium mixture of NO2(g) (brown) and N204(g)
(colourless), as seen in vial A. Placing vial A into water at
different temperatures causes the equilibrium to change,
re-establishing itself with a new ratio of NO2(g):N204(g).

If vial Ais placed into hot water, B it becomes darker
brown, indicating the concentration of NOx(g) has
increased. The lighter coloured vial in the cold water, €
has a higher concentration of colourless N20a(g).

This ability of chemical equilibrium systems to respond fo
changes, such as temperature changes, is a reminder of
the dynamic nature of chemical equilibrium.

Chemical equilibrium 13
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f Attempt Set 2 # 5 and 6.

Table 1 The equilibrium constant, Kw for the
ionisation of water at different

femperatures.
H00) = (ag) + OH(aq)
Temperature (°C) Kw =[H*][OH"]

0 0.144 x 10
10 0.292 x 10
20 0.681x10™
25 1.008 x 107
30 1.47 x 107
40 2.92x 10"
50 5.5x10™
100 55x 107"

Despite the static appearance of a system at equilibrium, ie nothing seems to be changing,
it is still active as both the forward and reverse reactions are still occurring, albeit at the
same rate. For this reason a chemical system at equilibrium is said to be dynamic as opposed
to static, which would incorrectly imply the forward and reverse reactions have stopped.

2.4 Equilibrium position: Reactants versus products

While the concentration of all reactants and products remains constant at equilibrium, the
relative concentrations of reactants compared fo products is different for different
systems. Some systems naturally favour a high concentration of products at equilibrium
while in other systems reactants may be favoured. The equilibrium constant, K. gives a
numerical value relating the concentration of all species in a system at equilibrium. The
overall expression for Kc is known as the equilibrium constant expression.

For the general reaction: aA + bB = «¢C + dD
‘ID d where: K¢ is the equilibrium constant
[c]'[D] 0
= —— a, b, cand d are coefficients of the substances A, B, Cand D.
a b ) R . .
[A] [B] [A]? is the equilibrium concentration of A raised to the

power of a and so on for (B]P, [C]€and [D]Y.

C

Points to note about the equilibrium constant expression:

= Only gases and aqueous species, those subscripted (aq) or (g), appear in the
expression. Solids and liquids [eg CaC0s(s) and H20(D] have a fixed concentration and
so they are not included in the equilibrium constant expression.

= The concentrations of each of the different species are the concentrations at
equilibrium in mol L™" but the equilibrium constant, Kc has no units.

= While Kc has a constant value for all conditions of concentration and pressure its value
does change if temperature changes. (See Table 1.)

The magnitude of K. gives an indication of the equilibrium composition of a reaction
mixture, ie it indicates the relative concentrations of products compared to reactants.

= Large values of Kc imply the equilibrium favours products.

= Small values of Kc imply equilibrium favours reactants.

= Values of Kc close to 1 imply significant concentrations of both reactants and products
are present at equilibrium. (See Table 2.)

Table 2 Equilibrium position and equilibrium constant. Square brackets, [ ] are used as an abbreviation for concentration.

Reaction Equilibrium constant K. (at 25 °C) Equilibrium composition
[H307][CH;C007]
(H3C00H(ag) +H.0() = Hs0*(ag) + CHsCOO(aq) KEZW 1.7x10°  Reactants are favoured as K. is small.
_ [NH;]° . .
Na(g) + 3Hxg) = 2NHs(g) K= 2 5.1x10 Products are favoured as K is large.
[N21H;]
N [|\|02]Z Neither reactants nor products are

N20s(g) = 2NO(g) Ke= [N;0,] 0.21 favoured as K. is close to 1.

The reaction quotient expression has a
similar appearance to the equilibrium
constant expression.

c d
o, 1 [ol’
[A] [B]

However, the concentration values for this
expression are for a system not necessarily
at equilibrium. If the reaction quotient,

Qc = Kc then the system is at equilibrium.

14 Chapter2

Although the equilibrium constant, Kc has a set value (for a given temperature) there are
many possible combinations of reagent concentration that will give it. Also, irrespective of
the reagent concentrations inifially placed info a closed system, a chemical equilibrium will
always readjust itself so that the combination of reagent concentrations at equilibrium gives
the same constant value of K for the given reaction and temperature. (See Table 3.)

Notice the reaction quotient, Q. (see left) in table 3, is not constant. Its value simply
depends upon the concentration of reagents currently present in the chemical system. The
equilibrium constant expression though reflects the concentrations present when the
system has reached equilibrium, ie when the rate of the forward and reverse reactions are
equal. Notice how K¢ has a constant value but the individual reagent concentrations do noft.

© Lucas Publications



Table 3 Initial reagent concentration and resulting equilibrium concentration (at 100 °C) for the equilibrium: N20a(g)

= 2NO0:(g)

Initial concentration (mol L") [N[)z]Z Resulting equilibrium concentration [NO,] o
[N204] [NO] “ [N,04] [N204] [NO.] © IN2O41
2 2
0.0333 0.0499 %: 0.0748 0.0233 0.0699 %: 0.21
2 2
0.1052 0.0657 %: 0.0410 0.0752 0.1257 %: 0.21
2 2
0.2560 0.2220 % - 0.1925 0.2520 0.2300 % - 0.21

2.5 Shifting the equilibrium position

A very important feature of chemical equilibrium systems is their ability to return to a state
of equilibrium after alterations, called imposed changes, have been made to the system.
The following imposed changes will affect an equilibrium system.

= (Changing the concentration of any one species in the system, ie by selectively adding
it to the system or removing it from the system.

= (Changing the total pressure in a gaseous system, ie by raising or lowering its volume.

= (hanging the temperature of the system, ie by adding or removing heat from the
system.

Le Chatelier’s principle predicts (but does not explain) how an equilibrium system will
respond fo these imposed changes. It states, “If a system is at equilibrium and a change in
conditions is imposed on the system then the system will readjust to establish a new
equilibrium that partially counteracts the imposed change.” The principles of reaction rate
and collision theory can further be used to explain such changes.

2.6 Le Chatelier’s principle and concentration changes

If the concentration of any one species in an equilibrium system is altered (raised or
lowered) by a change imposed on the system, then by Le Chatelier’s principle a new
equilibrium will form in such a way that partially counteracts this imposed change. In doing
this a system will consume some of the added reagent or replace some of the consumed
reagent. While these changes are happening the system is temporarily out of equilibrium
and the rate of the forward and reverse reactions will not be equal. At some point the
system returns to equilibrium when the rates of forward and reverse reactions are again
equal. When it does, the concentrations and amounts of all the reagents will have altered
in such a way that has partially minimised (counteracted) the imposed change in
concentration as predicted in Le Chatelier’s principle. (See Fig 7.)

®
Cr207 (ag) + 20H (ag) = 2Cr03 (aq) + H00)
orange @

SR

Appearance of the  The imposed
Cr057/Crog change, adding
equilibrium system  some NaOH(aq)
up until time 1. at fime t1.

Cro% Gy

(r202 (ag)

&

— 1

OH(ag) > A

The changed :
appearance of the : 5

new Cr,0%7/Cr0f
equilibrium af time t2.

concentrafion

t t2  fime

The imposed change is
partially counteracted
by fime ta.

The imposed change,
ie adding some
NaOH(ag) atf time t1.
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Figure 7 A concentration time graph for the
Cr202°/Cr0Z” equilibrium system.

In this example, the Cr203/Cr0% system is at
equilibrium up until time 1 when a small
amount of concentrated NaOH(aq) is added to
the system. This imposed change selectively
raises the [OH’]. Thus the system is now
temporarily out of equilibrium as the higher
[OH"] means the forward reaction rate, ©
increases while the reverse reaction rate, @
remains unchanged (remember rate rises with
concentration).

This change temporarily favours the formation
of products and consumption of reactants.
Consequently all concentrations change during
the time interval t1 to t2 until a new
equilibrium is established at t2.

When the new equilibrium is established the
[OH] returns part way back fo its original
concentration prior to the imposed change, as
predicted by Le Chatelier’s principle.

Chemical equilibrium 15



Example 2 Use Le Chatelier's principle (LCP) to predict how the listed changes will affect the concentration of each species in this equilibrium system.
Describe how the colour of the system changes when equilibrium is re-established. Originally the solution is yellow. Use [ ] for concentration.

Change Imposed Prediction
change using LCP
Adding [OHTis  favours
NaOH(aa) raised  products
Adding HCl(ag) [OH]is  favours
[consumes OH] lowered reactants
Add some  [Cr0;]is favours
Pb(NOs)2(aq) |owered products
[precipitates
insoluble
PbCr04]

(r,07@g) + 20H @) =

20r0y (ag) + H00)

orange yellow
Concentration changes amount of Colour
H:0()™ change
[€r20%] [OH] [croZ] ’ 8
decreases Initially [OH] increases, due increases Water forms but  yellow fo
to the added OH". It then its concentration ~ deeper
partially reduces but remains is unchanged™, yellow
higher than the original [OH].
increases  First it decreases, due to the decreases Water is yellow to
added acid. If then increases consumed but its  orange
but remains lower than the concentration is
original concentration™. unchanged™,
decreases decreases First it decreases, as it is Water forms but  yellow fo
precipitated by the added its concentration orange but

is unchanged™.  the colour is
lighter

Pb?*. It then increases, but
remains lower than the
original concentration™,

“1 The concentration of water in an aqueous solution is essentially constant at #55.5 mol L™, even if some is added, removed, consumed or produced.

“2 The original concentration refers to the concentration just prior to the imposed change.
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Figure 8 The rate of the forward and reverse reactions in the Cr207>/Cr04> equilibrium system
change when some NaOH(ag) is added fo it at fime t1.

The system is at equilibrium until t1 as rate © equals rate @

equilibrium as rate © @

products to change until t2 when the rate of the forward reaction is once again equal to the rate of
the reverse reaction and the system is once again in equilibrium.
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2.7 Collision theory and concentration changes

Changes that occur in an equilibrium system when the concentration of one species is
selectively altered can be explained in tferms of the collision theory and reaction rates. If
the concentration of a reactant has been increased, as with the OH™ ion concentration in
the Cr,09/Cr0% equilibrium in Fig 7, then this selectively increases the rate of the forward
reaction ©

Over time this leads fo a reduction in the concentration of the reactants, CrzO%'(aq) and
OH (ag), as these are temporarily used faster than they are produced. Also a corresponding
increase occurs in the concentration of the product Cr07 (ag) as it is temporarily produced
faster than it is used. (See Fig 7 and 8.) As a result of these concentration changes, the
forward reaction rate slowly decreases, due to falling reactant concentrations and collision
rates, while the reverse reaction rate slowly increases (the Cr03 (ag) concentration is rising).

These concentration changes continue until the rate of the forward reaction is once again
equal fo the rate of the reverse reaction and the system is again in equilibrium. These
concentration and rate changes are shown graphically in Fig 7 and 8. The net effect of these
changes is a partial reduction of the imposed change as predicted by Le Chatelier.

forward rate

N

Cr203 (an) + 20H(aq) ®\—_‘® 2Cr03 (ag) + H200)

1 and t2 the system is out of

R

reverse rate

@

©

[

-g system in out of system regains

@ equilibrium equilibrium equilibrium
t t2  time
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Changes that occur in a gaseous equilibrium system when the concentration of a single
species is selectively raised or lowered can also be explained in terms of the collision
theory and reaction rates. (See Example 3 and Fig 9.)

Example 3 A sealed vial (right) contains a pale Extra N204(g) (colourless)
yellow equilibrium mixture of NO,(g)/N,04(g). Some £ is added tfo the system.
colourless N»04(g) was then injected into the vial.
The mixture soon becomes a darker brown colour. o

equilibrium is
Use the collision theory and your knowledge of re-established
reaction rates fo explain how the addition of e
N,04(g) affects the equilibrium system from just
before the extra N204(g) was added until after OR
equilibrium is re-established. Remember, N,04(g) is original NO2(g)/N20x(g) N2Oa(g) <= 2(e) U1 2 CELarILaT
colourless while NO,(g) is a brown. equilibrium mixture colourless brown mixture is darker brown.
Solution:
Before the addition of extra N20a: The system is at equilibrium and therefore the rate of the forward reaction ® ) equals the
rate of the reverse reaction @ 04). Thus the concentration of NO,(g) and N,04(g) remain constant as does the pale yellow colour.
At the point of adding extra N20a: Selectively adding N,0, to the system increases its concentration (partial pressure). According to the collision
theory this will increase the rate of collisions between N;0, molecules and hence increase the rate of the forward reaction ® @

is initially unaffected as the concentration of NO; has not been altered. Thus immediately upon the addition of N,O4 the rate of production of NO;
becomes greater than its rate of consumption.

After adding extra N>0a: The increased forward reaction rate @ to increase while the concentration of N,O4
decreases. The falling N,04 concentration leads to a decreasing rate of collisions between these molecules and hence by the collision theory, the rate
of the forward reaction ®

concentration.

At some point the concentration of N,04 will have decreased sufficiently and that of NO, will have increased sufficiently so that the rate of the
forward reaction ©® @

this point the concentration of NO, will be higher than it initially was (brown colour has intensified) and the concentration of N,O4 will also be higher
than it initially was but lower than immediately after the imposed change. (See Fig 9.)

Figure 9 Graph A shows the concentration changes A B :g

in the NO2(g)/N204(g) system described in Example 3. = | forward N204(g) = (®)

Some N204(g) is introduced into the system at fime 14 rate O

and the system regains equilibrium at time ta. NO:(g)

Graph B shows how the initial imposed change in L\

N204(g) concentration causes the forward reaction = o

rate @ 1. Subsequent changes in g c ere“;

concentration cause the forward and reverse £ 5 fate &

reaction rates to slowly alter until they are once = | j=

. . o
again equal af fime f2. < N204(g) £ system in out of system
) o equilibrium i equilibrium regains
f Book Quiz 2.7 @ lucaspublications.com.au d a equi[gibrium
fAﬂempf Se12#11.j t t2  time t t2  time
., .. . .

2.8 Le Chatelier’s principle: Changing the total pressure

An equilibrium system involving gases requires a sealed container (a closed system) for it

to achieve equilibrium. If the container volume of such a system is altered then this will

cause an imposed change to its total pressure. (See Fig 10.) Increasing the system’s volume

will decrease pressure within the system. Conversely reducing the system'’s volume will

cause an increase in total pressure.

In either case, if a pressure change is imposed on a system at equilibrium (by altering its

volume? T_hep by Le Chatelier’s principlg the equilibrium' w?ll re-es’rabli;h itselfinsuchaway  jycreasing original reducing

as to minimise the pressure change. Since pressure within a system is due solely to gases  volume volume volume

within the system then the system can readjust pressure by altering the total moles of gas ~ "educes and Increases
pressure pressure pressure

present within the system, thus: . o
Figure 10 The pressure of an equilibrium

* Increasing the pressure inside a system (by reducing volume) will favour the side of system can be altered by changing its
the equilibrium reaction with fewer moles of gas. (See Fig 11.) Fewer moles of gas ~ Vvelume. This causes the pressure (and
less pressure within the system thus partially counteracting the imposed change hence concenirafion) of all of fhe gases in
mean ?S P o Y P . Y ) 8 . P ) ge. the system to change by the same factor.
= Decreasing the pressure inside a system (by increasing volume) will favour the side of
the equilibrium reaction with the greater moles of gas. More moles of gas means more

pressure thus partially counteracting the imposed change.
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Figure 11 The system at right is at equilibrium up until time t1. At t1 the volume of the
system is reduced causing the pressure of all gases within the system to rise by the same
factor. The system then readjusts until a new equilibrium is established at time t2.

D at time t1 volume is reduced I

original equilibrium mixture volume reduced
of Nz(g), Ha(g) and NHs(g)

By Le Chatelier’s principle, the system will re-establish a new equilibrium such that the
imposed change, ie the higher total pressure is partially minimised. Thus in this system
products will be favoured as this reduces the total moles of gas in the system (4 moles of

Na(g) +3Ha(® = 2NHs(g) ....O

N2(g)

NHs(g)

partial pressure

Hz(g)

t t2 fime

gas are consumed for every 2 moles of gas formed) thus reducing the total pressure.

Note: The initial partial pressures of Ny, H;
and NHs in Fig 11 are randomly chosen. They
are not infended to bear any relationship to the
coefficients of equation @ However, the
changes in partial pressure of these gases
after t; are in proportion to the coefficients of
reaction @

If both sides of the equilibrium reaction have the same number of moles of gas, then
changing the pressure has no effect on the equilibrium position. It must be noted that
increasing pressure by adding an inert gas (one that does not react with the substances in
the equilibrium system) has no effect on the equilibrium position. Also, changing pressure
by selectively adding or removing one of the gaseous reactants or products is equivalent fo
altering the concentration of that substance only. Here the equilibrium readjusts as
described previously in sections 2.6 and 2.7.

Example 4 The following examples show how Le Chatelier’s principle can be used to predict the effect of pressure changes [by altering volume]
on the equilibrium position of several equilibrium systems.

Equilibrium system

Na(g) + 3Ha(g)
4 moles of gas

2NHs(g)
2 moles of gas

—_
—

2C(s) + 00g) = 2C0(g)

1 mole of gas 2 moles of gas
CaC0s(s) = (Ca0(s) + CO2Ag)
0 moles of gas 1 mole of gas
l2(g) + Hag) <= 2HI(g)

2 moles gas 2 moles gas

Book Quiz 2.8 @ lucaspublications.com.au.y,
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N2(g) +3Ha(g) = 2NHs(g) + 92 kJ

NHs(g)

\—

Hz(g)

Na(g)

gas concentration mol L

t t2 fime

Alteration

volume increased

volume reduced

volume increased

volume reduced

Imposed change Effect on the equilibrium position

reduced pressure This favours the formation of reactants. In this way there is

a net increase in the moles of gas (2 mol of gas to 4 mol of
gas) thus partially counteracting the reduced pressure.

increased pressure  This favours the formation of reactants. In this way there is
a net decrease in the moles of gas (2 mol of gas to 1 mol of

gas) and thus a partial reduction of the increased pressure.

reduced pressure This favours the formation of products. In this way there is
a net increase in the moles of gas (0 mol of gas to 1 mol of

gas) and thus a partial increase of the reduced pressure.

increased pressure  No effect. There are equal moles of gas on both sides of the

equation. Neither side of the equilibrium can counteract the
imposed change.

2.9 Le Chatelier’s principle and temperature change

The temperature of an equilibrium system can be changed by simply heating or cooling it.
Adding heat to the system from an outside source, ie heating it will cause its tfemperature
to rise. Conversely, removing heat from the system, ie cooling it will cause its temperature
to fall. Le Chatelier's principle can be used to predict how an equilibrium system will
respond to such a change. Using this principle, if the temperature of a system at equilibrium
is altered, the system changes in a way that minimises (counteracts) the imposed
temperature change.

= |f the temperature of an equilibrium system is raised (Fig 12) by heating, then a new
equilibrium is established favouring the endothermic process. By doing this, the system
converts some of the added heat to chemical potential energy (bond energy), thus
causing its temperature to fall, ie partially counteracting the imposed change.

= |f the temperature of an equilibrium system is lowered by cooling, then a new
equilibrium is established favouring the exothermic process. By doing this, the system
converts some chemical potential energy (bond energy) to heat (see p1-2), thus
causing its temperature to rise, ie partially counteracting the imposed change.

Figure 12 The temperature of this equilibrium system (above left) was raised at t1. As predicted by Le Chatelier, this will result in a new equilibrium favouring the
endothermic process (reverse reaction). In this way the system changes heat to chemical potential energy thus partially counteracting the imposed change, ie the raised
temperature. Notice how the concentration changes are proportional to the stoichiometric coefficients of the equilibrium equation.

18 Chapter 2
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Example 5 The following examples show how Le Chatelier’s principle can be used to predict the effect of a temperature change on the
equilibrium position of several equilibrium systems. (See margin note, points to remember, at bottom right)

Equilibrium system

Alteration

Imposed change

Effect on equilibrium position

Favours the endothermic reaction, ie formation of
N2 and Hz as this changes heat to potential energy

Na(g) + 3H2(g) = 2NHs(g) + 92kJ reaction mixture temperature

left to right (— is heated raised

right to left («

2S0:(g) + 02(g) = 2S0s3(g) AH =-198 kJ reaction mixture temperature

left to right (— is cooled lowered

right to left («

C(s) + H20(g) + 131 k) = (0(g) + Ha(g) reaction mixture femperature

left to right (— is heated raised

right to left («

l2(g) + Hag) = 2HI(g) AH= +26kJ reaction mixture temperature
is cooled lowered

left to right (—
right to left («
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2.10 Understanding the effect of temperature change
According to the collision theory a temperature rise will increase particle collision energy
and thus increase reaction rate. However, not all reactions are affected equally.
Endothermic reaction rates are much more sensitive to femperature change than
exothermic reactions. Thus in an equilibrium system a temperature change affects the
endothermic reaction rate more than the exothermic reaction rate. Raising the temperature
of an equilibrium system increases the rate of the endothermic reaction more than the
exothermic reaction. Conversely, lowering temperature lowers the endothermic reaction
rate more than the exothermic reaction rate. This differential effect on exothermic and
endothermic reaction rates explains why (as Le Chatelier predicted) an increasing
temperature favours the endothermic process while a decreasing temperature favours the
exothermic process.

Furthermore, unlike changes in concentration and pressure, a change in temperature causes
a change in the value of the equilibrium constant K.. For an endothermic reaction Kc
increases as temperature increases while for an exothermic reaction K¢ decreases with
increasing temperature. (See Fig 13.)

Figure 13 The equilibrium equation shown here is
exothermic as written, ie left to right.

2502(g) + 020e) = 2S03(8) AH=-198 kJ

Thus the value of the equilibrium constant (below) for
this reaction decreases as femperature increases.

endothermic

equilibria \

Ke

5 exothermic
__ 1501 equilibria
C
[s0,1°[0,]
The graph af right shows the general change of Kc with
temperature for endothermic and exothermic reactions.

temperature

thus partially opposing the raised temperature.

Favours the exothermic reaction, ie SOz as this
changes some potential energy to heat thus
partially opposing the lowered temperature.

Favours the endothermic reaction, ie €0 and Hz as
this converts heat to potential energy thus
partially decreasing the raised temperature.

Favours the exothermic reaction, ie I2 and Hz as
this produces heat and so partially counteracts the

lowered temperature.

Points to remember:

Temperature: Increases with increasing
particle kinetic energy.

Heat: Energy that naturally flows from a hot
system (high temperature) to a cooler one.

Chemical potential energy: Energy stored by
the chemical bonds in a substance.

Enthalpy: A measure of the total energy in a
chemical system. It includes chemical
potfential energy and particle kinetic energy.

Exothermic: These reactions have a -ve AH
and cause a tfemperature rise as some
chemical potential energy is converted into
particle kinetic energy.

Endothermic: These reactions have a +ve AH
and cause temperature to fall as some
particle kinetic energy is converted into
chemical potential energy.

See 1.1 to 1.3 p 1-2 for a full review.
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2.11 Other alterations

The presence of a catalyst in an equilibrium system has no effect on the equilibrium
position. However, a catalyst will speed up the rate of attainment of equilibrium. This
happens as the catalyst increases the rate of both the forward and reverse reactions equally.
Also the addition or remaval of reactants or products which are present as solids, (s) or
liquids, (1) does not alter the equilibrium concentration or the amount of any other species.

(See Example 6.)
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Example 6 Imposed changes that have no effect on equilibrium position.

Equilibrium system Alteration to system Effect on equilibrium concentrations

Na(g) + 3H2(g) = 2NHs(g) adding the cafalyst Fe/Fes0,  No effect as the forward and reverse reaction rate increase equally.
20(s) + 02(g) = 2C0(g) carbon is finely powdered No effect as substances in the solid phase have a fixed concentration.
CaC0s3(s) = Ca0(s) + COx(g) removing some Ca0(s) No effect as solids have a fixed concentration.

2H.0() = 2Ha(g) + 02(g) removing some Hx0(l) No effect as substances in the liquid phase have fixed concentration.

f Book Quiz 2.11 @lucaspublications.com.auJ
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2.12 Ocean equilibria and atmospheric CO;

Human activity, such as burning carbon based fuels, is thought to be the main cause of the
currently observed rising atmaspheric CO2(g) concentration. (See Fig 14.) This is a significant
issue as carbon dioxide is a greenhouse gas. Its presence in the atmosphere confributes to
warmer temperatures by its ability to reabsorb heat that would otherwise radiate from the
Earth’s surface and out into space. This helps prevent the Earth’s surface temperature from
plunging to below zero. However, it is now understood that the rising atmospheric C0x(g)
concentration is causing a steady rise in average global temperatures. This in furn is driving
climate change.

Figure 14 The graph at right shows the atmospheric concentration of 410
€0z in parts per million by volume (ppmv). Data from 1910 till 1953 !./
is from the Siple Station ice core in Antarctica. Data from 1953 390 o

onwards is from Mauna Loa in Hawaii.

A clear trend is evident showing an increased rate of growth in the
atmospheric CO; concentration. The current rate of increase is around
2 ppmv per year, equivalent to 2 x 10'° fons of CO; per year!

370
2 350 ;/
=330 '/'/.

re

Note: The y axis starts at 290 ppmv. For the latest data see:
http://www.esrl.noaa.gov/gmd/ccgg/trends/

310 |

09—
290

atmospheric CO; concentration

1905 1925 1945 1965 1985 2005 2025
year

Figure 15 A table coral showing the effects of bleaching. Ocean temperatures: Rising average atmospheric temperatures can

p also have a negative impact on marine life. Most marine organisms are
ectothermic (cold-blooded), ie their internal body temperature is the
same as their surrounding environment. Typically, their metabolic
processes have evolved to work efficiently over a narrow temperature
range. Temperatures outside of that range significantly alter the rate of
these reactions and can impact the survival of these marine organisms.
Coral for example, relies on a symbiotic relationship with an algae
(zooxanthellae) that live inside coral’s tissue and are very efficient food
producers. These algae provide up fo 90% of the energy (food) coral
requires to grow and reproduce. Coral bleaching (Fig 15) is an example
where warmer water can cause coral to expel the algae living in their
fissues. This causes the coral to turn completely white, hence the term
bleaching. While some corals are able to feed themselves, most corals
struggle to survive without their symbiotic algae.

Mass bleaching events of this type have occurred on the Great Barrier Reef in 1998 and
2002. The 2002 event was the largest coral bleaching event on record with 60% of reefs
affected and a further 5% severely damaged. This bleaching event was preceded by two
periods of hot weather that resulted in sea surface temperatures a few degrees Celsius
higher than the long-term summer maxima.

The ocean as a ‘carbon sink’: An important chemical equilibrium exists between
atmospheric gases like Nz, 0z and COz and their presence in sea water. This equilibrium
helps to moderate any changes in the atmospheric concentration of these gases.
Importantly, the ocean plays a major role in moderating the human induced, ie
anthropogenic, rising atmospheric carbon dioxide concentrafion.
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Acting as a ‘carbon sink’ the ocean absorbs around one third of humankind’s current annual
emissions of 0. In this way the ocean plays a vital role in regulating the extent of (0>
induced climate change. However, this comes at a cost as it is causing an effect known as
ocean acidification. This decrease in ocean pH can directly impact the health and population
of many calcifying species, including oysters, clams, sea urchins, coral and calcareous
plankton. Changing populations of these organisms will impact many aspects of the wider
marine environment.

Figure 16 Wind and wave action help fo
maintain a responsive CO; concentration

equilibrium between the atmosphere and
ocean.

Atmospheric €0, and ocean equilibria: The two major effects of “ g
ocean acidification on sea water are to: Ve
= increase its hydrogen ion concentration.

= decrease its carbonate ion concentration.

The concentration of these two ions and others are connected fo the
presence of atmospheric carbon dioxide through several chemical
equilibria.

First, wind and wave action allow atmospheric carbon dioxide to dissolve
in seawater @

R
C0,(g, atmosphere) -

e

(02(g, atmosphere) == (0z(ag, ocean) @

> then becomes involved in a further series of equilibrium reactions where it
initially forms carbonic acid, H.C03 @ ®
@

2 concentration can result in
an increas a i .
n increased H*(ag) concentration and thus lower ocean pH

425 833
COZ(aq' ocean) + H0() = HZCOB(aq) @ ~+~Atmospheric CO; (ppmv)
. + - 400* - Seawater pCO; (patm) 8,28
2C0s(a) = H¥(ag) + HCO3(ag) ® st sk
lag) == H'(ag) + (05 (a) ® 375 83
S350 8185
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2 and ocean acidification: Ocean acidification
is the term used to describe the lowering of the ocean pH due to
increased atmospheric carbon dioxide. (See Fig 17.) Studies show
that seawater has maintained a steady pH of 8.2 for many millions of
years. However, over the last 250 years since the industrial era, the
average ocean pH has fallen by 0.1 to a current average pH of 8.1.
While this is a small fall in pH it represents a 30% increase in the
oceans H*(ag) ion concentration. Remember, pH is a logarithmic
function, 1 unit of pH represents a 10 times change in H*(ag) ion

Figure 17 Data series of the atmospheric CO; concentration at Mauna
Loa Observatory in Hawaii along with the ocean pH and C0;
concentration at the nearby Station Aloha. The graph shows the
compelling relationship between atmospheric and oceanic CO;
concentration and the resulting ocean pH.

(Note: ppmv = parts per million by volume, 1 patm = 1x10°® atm.)

Figure from National Oceanic and Atmospheric Administration’s (NOAA)
Pacific Marine Environmental Laboratory Carbon Program;
http://www.pmel.noaa.gov/co2/. Data from NOAA’s Earth System
Research Laboratory and the Hawaii Ocean Time-Series program.

concentration. pH shifts of this size would normally be expected to take thousands of years
rather than a few hundred as has occurred. Furthermore, computer modelling predicts a
further 0.4 fall in pH could be expected by 2100.

The process of ocean acidification can be understood using the principles of chemical
equilibrium. This reveals how a rising atmospheric CO; concentration has lead to a falling
ocean pH. Initially an increasing atmospheric CO2(g) concentration causes an increase in the
rate of (0. dissolving. This shifts equilibria ®
»(ag, ocean) concentration. A higher COz(ag, ocean) concentration then increases the rate of
formation of H2C03(ag) by reaction @
2C03(ag) concentration. The raised H2C03(ag) concentration has a flow on effect causing
equilibria ® to shift to the right thus raising the concentration of both H*(ag) and HCO3(aq).
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Figure 18 A healthy reef system owes its
presence to a great variety of calcifying
species, like oysters, clams, sea urchins,
corals, and calcareous plankton.
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Although the extra H.COs(ag) produces the same molar amount of H*(ag) and HCO3(aq) the
actual factor increase in the H*(ag) concentration is much greater than for HCO3(ag). This
happens as the H*(ag) concentration is initially extremely low (6.3 x 10° mol L'™), much
lower than the HCO3(ag) concentration (1.9 x 10 mol L'™"). The net effect of this is to cause
the equilibrium reaction @

*(ag) has increased by a greater factor than the HCO3(ag)
concentration.] This change partially negates the increased H*(ag) concentration while also
reducing the normal C03 (ag) concentration.

Thus the overall effect of ocean acidification, ie adding extra CO; to the oceanic system is to
slightly increase the concentration of both HCO3(ag) and H*(ag) while reducing the
concentration of C0%(ag). Both the increase in H*(ag) concentration and the reduced
carbonate ion concentration are very significant issues for calcifying species.

Impact of ocean acidification: Ocean acidification, ie a decreasing ocean pH and decreasing
(05 (ag) concentration, is predicted to have negative effects on
marine ecosystems and organisms. Initially this will directly affect
the health of calcifying species, like oysters, clams, sea urchins,
coral and calcareous plankton. These rely on a constant pH and
carbonate ion concentration to maintain the integrity of their shells
and skeletons. They absorb Ca**(ag) ions and C0%™(ag) ions from sea
water to produce their calcium carbonate based shells and
skeletons. However, as ocean acidification reduces carbonate ion
concentration, so these organisms become stressed. They must
expend more energy to absorb the necessary (03 (ag) needed to
grow their shells and skeletons. This in turn impacts their survival
and population. Furthermore, the elevated H*(aqg) concentration has
the potential to dissolve calcium carbonate already present in the
shells and skeletons of these organisms. (See reaction ®

uncertain.

Populations of plankton species that have calcium carbonate based

shells could be affected by more acidic environments as would the populations of the many

marine organisms that rely on them as a food source. Weaker (or non-existent) coral reefs

could fail to protect coastlines from harsh ocean waves. Coral reefs (Fig 18) also provide

habitats for many fish species, so without reef systems there would be loss of marine life.

Finally, a weakening of the reefs would make them more susceptible to further damage
from storms and predators.

The future of our oceans: \WWhen pH changes in the ocean have occurred over a very long
period of time, the ocean has been able to compensate. This happens because large
collections of sediment at the bottom of the ocean contain large amounts of calcium
carbonate, mastly from the shells of deceased marine creatures. Over long time periods,
these sediments dissolve to decrease the H'(ag) ion concentration and replenish the
carbaonate ion lost fo reaction with excess H*(ag). However, the changes we are seeing foday
in the ocean’s pH levels have happened rapidly in terms of the geological time scale.
Because the acidification is occurring over a short time frame and in water close to the
surface the sediment reserve on the ocean floor has not had the chance to dissolve and
counteract the effects of the added acidity.

Research on the impacts of ocean acidification on marine organisms and ecosystems is still
in its infancy. Efforts to monitor ocean acidification worldwide are just beginning, so it is
difficult to predict exactly how the impacts will cascade throughout the marine food chain
and affect the overall structure of marine ecosystems. It appears the most effective way of
preventing ocean acidification and rising ocean temperatures is to stabilise and reduce the
level of greenhouse gases in the atmosphere, particularly of COz, the main driver of climate
change and the major cause of ocean acidification. This aim is reflected in the ultimate goal of
the United Nations Framework Convention on Climate Change (UNFCCC) and all affiliated
bodies to achieve ‘stabilisation of greenhouse gas concentrations in the atmosphere at a
level that would prevent dangerous anthropogenic interference with the climate system’.
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1.

Set 2 Chemical equilibrium )

Equation @ (below) is for the combustion of myricyl palmitate, CasHs202, a major
component of bees wax used in some candles. Equation @ shows the formation of
carbonic acid in soft drink. What is the significance of the single and double arrows
used in these equations? Also, account for the reversibility (or otherwise) of these
reactions in terms of activation energy.

CasHg202(s) + 6802(g) —> 46[02(g) + 46H20(g) ........ ®
(02(8) + H20(g) = H2C03@a0) cvecvveiriireerieieerecrrenne, @

Several chemical and physical changes described below are illustrated in Fig 19. Decide
if these changes are shown occurring in an open or closed system. Justify your answer.

a. Sublimation of iodine crystals:
i) = h(g)

b. A zinc strip reacting with a solution of hydrochloric acid in an unsealed test tube:
Zn(s) + 2H'(ag) = Ha(g) + Zn*(aq)

¢. A copper coil reacting with a silver nitrate solution in an unsealed fest tube:
Cus) + 2Ag @y = 2Ags) + Cu”'(ag)

d. A sealed vial of N204/NQ; at 20 °C placed into a cylinder of hot water at 95 °C:
2N0O2(g) = N204(g)

The following passage describes the formation of the water/water vapour equilibrium.
Use the terms shown to complete the passage.

Wet clothing left on a washing line will soon become dry due 1o ) of water
from the clothing. However, a piece of wet cloth left inside a small sealed jar will most
probably never become () . The sealed jaris a (¢ where water
vapour that forms from evaporation cannot () the container. When
confined to a closed system, the resulting water vapour will () to reform
liquid water within the jar.

In a situation like this, the of evaporation of water within the jar will
eventually (g the rate of condensation of the resulting water vapour. When
this happens, the water and water vapour are said to be in a state of

The equilibrium is said to be dynamic because both the ¢ and
G) — reactions are sfill proceeding. Thus changes are occurring at a molecular
level even though at a level no changes appear to be occurring and the
system appears to be

Soluble substances like sucrose, C12H22011(s) (sugar) for example, will dissolve in water
until the solution becomes saturated. At this point a state of dynamic equilibrium exists
between the dissolved substance and its undissolved solid. The following questions
refer to such an equilibrium system for sucrose. (See Fig 20.)

a. The two physical changes that occur in this equilibrium system are the dissolving of
sucrose and its crystallising. Write separate equations for each of these changes.

b. Write a single equation to represent this solubility equilibrium.

¢. Anopen beaker, as shown in Fig 20, is a good approximation of a closed system for
this solubility equilibrium when considering a short time frame (eg a few days) but
not over a longer time frame (eg a few months). Explain.

d. Another sugar called glucose, CsHi20¢ forms a saturated solution at 25 °C with a
concentration of 4.0 mol L. Consider the following situations and compare the rate
of glucose dissolving with the rate of glucose crystallising. Each solution contains
excess undissolved solid glucose.

i. A glucose solution at 25 °C with a glucose concentration of 4.0 mol L.
ii. A glucose solution at 25 °C with a glucose concentration of 3.2 mol L.
iii. A glucose solution with a concentration of 4.0 mol L™ that is cooled to 5 °C.

www.lucaspublications.com.au/

Figure 19 Images for Question 2. Both test
tubes are unsealed (not stoppered) but the
vialin D is sealed.
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Figure 20 Solubility equilibria involve an
equilibrium between the two opposing
processes of dissolving and crystallising.
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5. The following passage describes the concept of equilibrium in a chemical system. Use

the list of terms to complete the passage. Some of the terms listed are distractors and
will not be used.

All chemical reactions occur in a forward direction where () are consumed
over time to form () . In many chemical reactions the products of the
forward reaction can also react in a ¢ reaction to reform the original
reactants. Reactions like this are said to be () . When confined to a closed
system, reversible reactions can reach a state of equilibrium where the ()

of the forward reaction is to the rate of the reverse reaction. At
equilibrium the system shows no change in appearance over time and seems to be
inactive (static). However, as the forward and reverse reactions are still proceeding
the equilibrium system is said o be (g

Ethanoic acid in water, for example, forms an equilibrium system as shown here:

@
(H3COOH(ag) + H20() 7—;@ H0"(ag) + CH3C00 (ag)
The forward reaction is labelled () and produces ) . The
reverse reaction, represented by ¢ consumes these same substances so
that at equilibrium the concentration of all species in the reaction become

. The equilibrium reaction between N204(g) and NO2(g) is shown here. The forward and

reverse reactions are labelled © @
04(g) 2 2N02(g)
204(g) = 2(8
@

This equilibrium is established by adding a pure sample of one of the gases into a sealed
vial. The graph at left shows how the rate of the forward and reverse reactions change
over a period of time from when the gas is initially added to the sealed vial.

a. Which of the gases, N204(g) or NO(g) was initially added to the vial? Justify your
answer with reference to the graph in Fig 21.
b. What is significant about the system from time t1 onwards?

¢. Some extra N20s gas is injected info the vial at time 1. What immediate effect would
this have on the rate of the forward and reverse reactions? Justify your answer
with reference to the collision theory of reaction rates.

. Write the equilibrium constant expression for the reactions shown here.

a. HCN(ag) = H*(ag) + CN(aq)
b. 2S0g) + Oag) = 2S0s(g)
c. Pb%(ag) +2I(ag) = Phblas)

d. Na(g) + 3Ha(g) = 2NHs(g)
e. H.0() = H'(ag) + OH(ag)
f. Cal036) + 2H" (@) == H200) + (02(® + (a%* ()

. Use your knowledge of the equilibrium constant, K to answer the following.

a. Which species are favoured in the following equilibrium systems? Answer
reactants, products or neither.
i 2C0(g) + 0Ag) + = 2C0a(g) K= 2.2 x 10%
i NHs(ag) = NHs(ag) + H(ag) Kc=5.8x107"
iiiN204(g) = 2N02(g) Ke=0.21

b. Ethanoic acid is known to be a weak acid. Account for this observation by referring
to the equilibrium constant for the ionisation of ethanoic acid.

CH3COOH(ag) == H'(ag) + CH>C0O0"(ag) Ke=1.74x 10

¢. Which of the two acids, nitric acid or nitrous acid is likely to be the strongest acid?
Explain your choice with reference to Ke.

HNO2(aq) H*(ag) + NO3(ag) Ke=5.1x10"
HNOs(ag) = H*(ag) + NO3(ag) Ke=23

d. What does the equilibrium constant for the dissociation of lead iodide indicate about
its solubility in water?

Pblo(s) = Pb*(ag) +2I(@g) Kc=8x107

b1

© Lucas Publications



9.

10.

11.

Use the list of terms to complete the following passage about equilibrium and
Le Chatelier’s principle.

The macroscopic properties of a chemical system at equilibrium, such as pressure,
temperature, concentration and () remain constant over time. This happens
because the rate of the forward and reverse reactions occurring in the equilibrium
system are occurring at the same rate and thus () each other’s effect. If an
alteration is made fo an equilibrium system, such as changing its (o or
@ or if the of any one species in the equilibrium system is
altered then the rates of the forward and reverse reactions are no longer equal and the
system will ¢ be in equilibrium. When this happens the composition of the
system changes until the rates of the forward and reverse reactions are once again
equal. Le Chatelier’s principle allows the effect of such an to be
predicted. It states, *When a change is () on a system at equilibrium, a new
equilibrium position will be established such that it () the imposed change’.

The equilibrium reaction involving dichromate ion and chromate ion is shown here. The
forward and reverse reactions are labelled @ @

®
(r,0% (ag) + 20H (aq) :@ 2Cr0% (ag) + H20()

orange

a. At time t; (Fig 22) some concentrated sodium hydroxide solution, NaOH(ag) was
added to the system. Describe how Le Chatelier’s principle predicts the falling
concentration of the dichromate ion as shown in the graph in Fig 22.

b. Use your knowledge of stoichiometric principles to explain why the resulting drop
in the concentration of dichromate ions is only half that of the drop in concentration
of the hydroxide ions.

. Attime 1, a small amount of concentrated hydrochloric acid is mixed into this system.
This causes an instant drop in the concentration of hydroxide ions to exactly half its
current value. Show this on the graph in Fig 22.

d. Use Le Chatelier's principle to predict how this imposed change, from Part (c),
causes all three substances to change concentration until equilibrium is again
achieved at time f3. Show these changes on the graph in Fig 22. Note, your
concentration changes should be consistent with stoichiometric principles.

e. Why is the concentration of H20() not included on the graph in Fig 22?

Many metallic ions have the ability to form
complex ions with ammonia. Copper(ll) ions
react this way forming the deep blue copper(ll)
ammine complex ion as shown in Fig 23.

ON

~

@

Cu*(ag) + 4NHs(ag)

deep

A beaker containing some 1.0 mol L™" copper(ll) sulfate solution has a light blue
colour. A large amount of concentrated ammonia solution, NHs(aq) is then stirred into
the copper(ll) sulfate solution. The mixture eventually becomes a constant dark blue
colour. Answer the following guestions about this system.

a. Isthe system at equilibrium after the addition of ammonia? Justify your answer.

b. More ammonia solution is now added to the beaker and the solution becomes even
darker blue. Describe how Le Chatelier’s principle predicts this change.

¢. Use your knowledge of collision theory and reaction rates to explain why the
addition of more ammonia solution causes the changes as predicted in Part (b).
Continued next page.
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Figure 22 Changing concentrations for
Cr20% (ag), OH (ag) and CrO3 (ag) in the
chromate-dichromate equilibrium system.

Figure 23 Try this! Add a small amount of
concentrated ammonia solution to a copper
sulfate solution. You will see a blue
gelatinous precipitate form, this is due to
the formation of Cu(QH)2(s). This happens
as ammonia is a weak base and produces a
low concentration of OH (ag) in water. The
presence of the OH (ag) ions results in the
precipitation of insoluble Cu(OH)2(s).

Now add excess ammonia solution to the
precipitate. You will see it dissolve and the
solution furn a clear dark blue colour. This
change is due fo the formation of the
soluble complex ion [Cu(NH3)4)* (ag). Three
equilibrium reactions are involved in this
situation.

NHs(ag) + H200) = “(aq) + OH (a0)
Cu*(ag) + 20H (ag) = (s)

Cu(OH); + 4NH; = )4)?* + 20H

When excess ammonia is present, no
precipitate forms and the equilibrium can be
simplified fo:

Cu?(ag) + 4NHs(ap) = )a)?*(a0)

Chemical equilibrium 25



d.

A small amount of concentrated HCl(aq) is added to the solution. This causes the
conversion of some NHs(ag) to NH4 (ag). Describe how the concentrations of Cu?*(aq),
NHs(ag) and [Cu(NH3)4]* (ag) change as a result of adding HCl(ag).

Use your knowledge of collision theory and reaction rates to explain why the
addition of HCl(ag) solution causes the changes as predicted in Part (d).

12. Methanol, CHs0H can be produced by the reaction of carbon monoxide gas, CO and
hydrogen gas, Hz as shown here:

@
(0(g) + 2HAg) 7—‘@ CH30H(g)

A system like this has reached equilibrium in a closed 2.0 L container. The volume of

the

a.

13.The

system is then halved by compressing it.
What initially happens to the total pressure inside the container immediately after
the volume is halved?

Are reactants or products favoured as equilibrium is re-established? Describe how
Le Chatelier’s principle is used to predict how the equilibrium readjusts.

The CO(g) had a partial pressure of 55 kPa before the system was compressed.
Describe what happens to its partial pressure immediately after compression and
up until the point where equilibrium is re-established.

following chemical systems have reached equilibrium in a closed system when an

alteration in temperature is made to the system. Use your understanding of
Le Chatelier’s principle to complete the table.

Table 4 Kw for the ionisation of water at

different temperatures.

Temperature (°C)

0
20
40

100

26
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Kw = [H*][OH’]
0.144 x 107"
0.681x 107"
2.92x10™

55x 107

H20

The

Equilibrium system Imposed change Effect on equilibrium position
(Write heated or cooled.)| (Write favours reactants or favours products.)

a. GHsOH() + 43k] = (GHs0H(g) heated

b. 2H(g) + 0:Ag) = 2H.0(D + 572k heated

€. Na(g) + 3H2(g) = 2NH3(g) AH=-92k/ cooled

d. NHaCl(s) = NHi(ag) + Cl(ag) AH=26.4k) |heated

e. PCs(g) +87.9k) = PCs(g) + Cl(g) favours reactants

f. 2NOxg) =  N:0a(g) AH =-57 kJ favours products

14. The following equation shows the equilibrium process for the ionisation of water. The

forward and reverse reactions are labelled ® @

o C?——é H*(ag) + OH (an)

equilibrium constant for this reaction is specifically referred to as Kw. Table 4 lists

Kw values for a variety of temperatures.

a.
b.

C.

What is the significance of the very small values for Kw?

Is the ionisation process as written endothermic or exothermic? Justify your answer
with reference to the effect of temperature on Ku.

The ionisation reaction has reached equilibrium in a beaker of water at 20 °C. The
water is then heated to 50 °C. How does this temperature change affect:

i. the concentration of H*(ag) and OH (ag) when equilibrium is re-established?
ii the rate of reaction ® @
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15.The following chemical systems have reached equilibrium when an alteration in
conditions is made to the system. Determine the imposed change caused by the
alteration and use your understanding of Le Chatelier’s principle to predict how this
affects the new equilibrium position. Answer favours reactants, favours products or
no effect and give a brief description of how you applied Le Chatelier’s principle (LCP)
to determine the effect of the imposed change.

Equilibrium system and alteration ‘ Imposed change Describe how LCP predicts the effect on the equilibrium position

HCN(ag) = H*(aq) + CN(ag)

i. A small amount of concentrated
HCl(ag) is added to the system.

ii. Some concentrated NaOH(aq) is
added to the equilibrium system.

N2(g) + 3H2(g) = 2NHs(g) + 92 kJ

i. The system volume is reduced.

ii. The system is heated.

2502(g) + 02(g) — 2S0s(g) AH =-198 kJ

i. The system volume is increased.

ii. Some 0:(g) is added fo the system.

jii. The system is cooled.

CaC0s(s) + 179 k) = CaO(s) + CO2(g)

i. Extra CaC0s3(s) is added to the
system.

ii. The systemis cooled.

iii. Some Ca0(s) is removed from the
system.

16.A sample of cobalt(ll) chloride is dissolved in a small amount of concentrated
hydrochloric acid solution HCl(ag) and the following reversible reaction occurs.
Co(H:0)¢"(ag) + 4Cl(ag) = CoCli(ag) + 6H:00)
pink blue

The ion Co(H20)& (ag) is pink while CoCl3™(ag) is blue. All other species in the system are
colourless. When the system reaches equilibrium it has a predominately blue colour.

a. Some concentrated silver nitrate solution is then added to the mixture causing the
precipitation of AgCl(s).
(i) How will the colour change when equilibrium is re-established?
(ii)  Use your knowledge of collision theory and reaction rates to explain why the

addition of AgNOs(ag) affects the concentration of each of the species from
the moment it is added until when equilibrium is re-established.

b. A second sample of cobalt(ll) chloride is prepared using less HCl(ag) thus giving the
solution a pink colour at equilibrium. The pink solution, originally at 20 °C, is then
heated to around 90 °C causing its colour to turn blue.

(i)  What is the favoured equilibrium position at the higher temperature?

(ii) Is the forward reaction (as written above) endothermic or exothermic? Use
your knowledge of the effect of temperature on the equilibrium constant for
endothermic and exothermic reactions to justify your answer.
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depicts part of the structure of a
haemoglobin molecule. The section in red
represents a heme group. A haemoglobin
molecule has four heme groups and each
one is capable of bonding to a single oxygen
molecule, shown in blue. The full structure
of a heme B group (C34H34N404Fe) is shown
below.

Image courtesy of The Australian National
University.

Oxygen transport around the body is largely
due to the action of haemoglobin. Some

95 % of the oxygen absorbed into the
bloodstream by the lungs is bound to
haemoglobin molecules present in red blood
cells. Each haemoglobin molecule can attach
to 4 oxygen molecules and a single red
blood cell may contain around 250 million
haemoglobin molecules.

Although oxygen molecules are chemically
bound to haemoglohin molecules, this is a
weak bond. The weak bond easily allows
oxygen 1o be released info cells where its
concentration is low and reabsorbed in the
lungs where its concentration is high. In this
way oxygen is available for cellular

28 Chapter 2

17.

18.

19.

Hydrogen is an essential raw material in ammonia manufacture, preparafion of
saturated fats and oils, extraction of metals, synthesis of methanol and many other
processes. While hydrogen gas does not occur naturally, it can be chemically synthesised
from natural gas by the ‘steam reforming process’ @

reaction’ @
@ (g) + H0(g) = (0(g) + 3Ha AH = 206 kJ
@) + H0(g) = (0ug) + Hag) AH =-41kJ

a. What conditions of temperature and pressure would favour a high yield of
hydrogen gas, ie favour the forward reaction, in the ‘steam reforming process’ and
the ‘water-gas shift reaction”?

b. Describe conditions that would favour a high rate of attainment of equilibrium, ie
conditions that give the fastest possible reaction rates, in the ‘steam reforming
process’ and the ‘water-gas shift reaction’.

¢. Theindustrial synthesis of many important compounds often involves the application
of equilibrium reactions. The conditions used in these processes are often said o be
a compromise. Refer to your answer from (a) and (b), for the ‘steam reforming
process’ @ what is meant by a compromise of conditions used.

Mount Kilimanjaro in Tanzania is a popular tourist destination for recreational mountain
climbers. It has an elevation of 5895 m and is a relatively easy 5 to 6 day climb. Despite this
many climbers do not reach the summit as they suffer from nausea, headaches and excessive
fatigue as they approach the summit. These symptoms are due to hypoxia, a disorder
caused by a lack of oxygen reaching body tissues. Hypoxia can be fatal in serious cases. The
effect can be attributed to lower atmospheric oxygen concentrations at high alfitudes.
At the summit of Mount Kilimanjaro the partial pressure of oxygen in the atmosphere is
around 10 kPa while at sea level oxygen has a partial pressure of 20 kPa.

The uptake of oxygen by the lungs is largely due fo the ability of haemoglobin
molecules (abbreviated Hb, see Fig 24) to form a weak bond with oxygen molecules,
02(g), producing the unstable compound oxyhaemoglobin Hb0:(aq). This process can
be simply represented by an equilibrium reaction.

Hb(ag, inblood) + 02(g, airinlungs) = HbO:(ag, in blood)
Oxygen gas absorbed this way, ie as oxyhaemoglohin Hb02(ag) then moves around the
body via the circulatory system releasing oxygen to body cells as needed.

a. Use Le Chatelier’s principle and the equilibrium equation shown here o account for
hypoxia occurring at high alfitudes like that of Mount Kilimanjaro.

b. Sometimes, people can avoid hypoxia by spending a few weeks at high altitude.
Again refer to the equilibrium equation shown to suggest how the body might adjust
so that oxygen uptake can increase despite the low partial pressure of oxygen.

Hydrogen fluoride gas is extremely soluble in water producing a weakly acidic solution,
HF(ag). Although HF is only a weak acid (K=6.8 x 107 for its aqueous ionisation) it is
an extremely hazardous substance. Fatalities have been reported from skin exposure
to as little as 2.5 % of body surface area.

HF (ag) exists mostly as a molecular substance and in this form is easily absorbed through
skin contact. Once absorbed, HF molecules slowly diffuse through body fissue while
remaining in its harmless molecular form. Over time HF ionises forming fluoride ions
and hydrogen ions. This slow formation of H*(ag) results in deep tissue burns.

Continued next page.
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20.

21.

22.

One effect of the raised fluoride ion concentration is the precipitation of blood serum soluble
calcium ions, Ca* as insoluble CaF. This process encourages the further ionisation of HF
molecules. Ultimately this results in the complete ionisation of HF and causes considerable
loss of serum soluble calcium ions. As this happens, bodily metabolic processes try to replace
the lost serum soluble calcium ions by extracting it from bone. This can quickly result in
hypocalcaemia which involves destruction of bone by decalcification. The loss of bone
calcium can be visualised by these two simplified equilibrium reactions.

Ca*(bone) = Ca’*(blood SErum) .ccooveevevenen. @
2*(blood serum) + 2F(ag) = CaF(s) ........ @

a. Write an equation for the ionisation of HF and refer to Kc to justify the statement
that it normally produces only very low concentrations of H*(ag) and F™(ag) ions.

b. Use your knowledge of concentration and reaction rates to account for the ability
of HF to penetrate deeply into skin tissue before it then begins a slow process of
complete ionisation to form hydrogen ions and fluoride ions.

¢.  Why can HF exposure ultimately cause deep tissue burns?

d. Refer to equations ® @ and
reaction rates to account for decalcification in bones by the ionisation of HF.

Use the list of terms at right to complete the following passage about rising ocean
temperature and ocean acidification.

The atmospheric concentration of certain greenhouse gases like methane and
() are known to be increasing due to () causes, ie human
induced. One effect these gases have on our environment is to cause a measureable rise
in average atmospheric (o and subsequent climate change. Rising
atmospheric temperature can also impact upon the ocean where effects such as massive
) events have been recorded on several occasions. The health of coral is
an important issue as coral communities play a significant role in providing
(e) for many marine organisms.

The well documented rising atmospheric carbon dioxide concentration is also thought to
be the cause of ¢ . This is due to an () between atmospheric
(02(g) and o) present in the ocean. Because of this equilibrium, the rising
atmospheric CO2(g) concentration is causing a rise in the oceanic C02(ag) concentration.
Thus the ocean behaves as () minimising the extent of rising atmospheric
(02(g) concentration and thus minimising paotentfial climate change. However, the rising
ocean concentration of COz(aq) is causing two subtle though very significant changes to
some long standing ocean chemistry, rising () and falling o .
Both of these changes will impact upon the health and survival of g marine
species like aysters, clams, sea urchins, coral and (m)

The following equation shows the equilibrium that occurs between atmospheric and
oceanic carbon dioxide.

(02(g, atmosphere) <= (0x(g, ocean)

a. Use your knowledge of reaction rates and changing atmospheric CO(g)
concentration to account for the currently rising ocean concentration of C0x(aq).

b. Ocean pH is known to have changed from a pre-industrial pH of 8.2 to a current pH
of 8.1. Account for this fall in pH with reference to appropriate equations and
equilibrium principles.

Although more carbon dioxide than ever before is now dissolving in the ocean this is not
resulting in a rise in carbonate ion, CO%(ag) concentration. Instead, (O3 (aq)
concentration is decreasing. Account for this fall in C0%(ag) concentration with
reference to appropriate equation(s) and equilibrium principles.
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temperature

carbon dioxide
H*(ag) concentration
€0 (aq) concentration
anthropogenic
carbon sink
calcifying
calcareous plankton
coral bleaching
food and habitat
ocean acidification
equilibrium

C0z(aq)
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CHAPTER 3 | REVIEW: ACID-BASE PROPERTIES

Figure 1 Universal indicator paper is
impregnated with a mixture of several
indicators (plant dyes). These produce a
range of colours that gradually change with
a solution’s acidity or more specifically its pH.

Salts are formed when one or more of the
acidic hydrogen atoms from an acid have
been replaced by a metal ion(s).

acid some of its salts
HC NaCl, KCl, MgClz, AlCl3
HNO3 NaNOs, AgNOs, Fe(NO3)3

H2S04 KHSQ4, BaS0s, Al2(S04)3

The formula for the salts of organic acids,
such as ethanoic acid, CH3COOH can he
written with the positive metal ion at the
end or the start of the formula.

eg sodium ethanoate:
NaCH3C00 or CH3COONa

30 Chapter3

3.1 Chemical and physical properties of acids and bases
Acids and bases are two distinct groups of compounds that are well known for their unique
set of chemical and physical properties. Acidic solutions typically conduct an electric
current, will turn blue litmus red and have a sour taste. Similarly basic solufions also
conduct an electric current; however, these solutions will turn red litmus blue, have a bitter
taste and a slippery soapy feel.

Some of the chemical properties of acidic and basic solutions are illustrated below. These
are summarised with a general word equation and an example showing a chemical equation
and a net ionic equation for the property.

Acidic solutions dissolve most metals (Pb, Sn, Ni, Co, Cd, Fe, Cr, Zn, Mn, Al, Mg, Na, Ca,
Sr, Ba, K, Li), forming a salt (see border note below) and hydrogen gas. The metals Au,
Pt, Ag and Cu are unaffected by dilute acids.

ACID + METAL —> SALT + Hz(g)

Example: Some hydrochloric acid solution is poured onto a strip of nickel metal.
2HCl(ag) + Nis) — NiClz(ag) + Ha(g)
2H"Gag) + Niis) — Ni*(ag) + Ha(g)

Acidic solutions react with metal hydroxides producing a salt and water.

AdD + METAL HYDROXIDE —>

A solution of nitric acid is poured onto some calcium hydroxide solid.
2HNOs(ag) + Ca(OH)(s) — )2(aq) + 2H200)
2H"(ag) + Ca(0H)(s) — (ag) + 2H20()

SALT + H20

Example:

Acidic solutions react with metal oxides producing a salt and water. (Note the similarity
to the reaction between acids and metal hydroxides.)

ACID + METAL OXIDE —> SALT + H20

Example: A sulfuric acid solution is added to solid copper(ll) oxide.
H2S0s(ag) + CuO(s) —  CuSOsfag) + H20(D
2H"(ag) + Cu0Gs) — Cu®(ag) + H20Q)

Acidic solutions react with carbonate compounds producing a salt, water and carbon
dioxide gas.

ACID + CARBONATE —> SALT + H.0 + (0zA(g)

Example: Hydrochloric acid solution is added to solid nickel carbonate.
2HCl(ag) + NiCOs3(s) —  NiClz(ag) + H20() + C0:(g)

2H"(ag) + NiC0s(s) — NiZ*(ag) + H0() + COx(g)

Acidic solutions react with hydrogencarbonate compounds producing a salt, water and
carbon dioxide gas.

ACID +  HYDROGENCARBONATE — SALT + H.0 + (0x(g)

Example: Hydrochloric acid solution is added to solid nickel hydrogencarbonate.
2HC(ag) + Ni(HCO03)2(s) —  NiClz(ag) + 2H20() + 2C0:(g)

2H"ag) + Ni(HCO3)2(s) —  NiF(ag) + 2H0() + 2C02(g)
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Acidic solutions react with metal sulfites producing a salt, water and sulfur dioxide.
(Note the similarity to the acid-carbonate reaction.)

ACID + METAL SULFITE — SALT + H.0 + SO0i(g)

Example: Hydrochloric acid solution and sodium sulfite powder are mixed.
2HCl(ag) + NazS0s(s) —  2NaCl(ag) + H20() + SOx(g)
2H"(ag) + NazSOs3(s) —  2Na*(ag) + H200) + S0:g)

Basic solutions react with ammonium salts producing a salt, water and ammonia gas.

BASE + AMMONIUM SALT - SALT + H.0 + NHs(g)

Example: A potassium hydroxide solution is mixed with an ammonium chloride solution.
KOH(ag) + NHaCl(ag) — KCl@@g) + H0() + NHs(g)
OH(ag) + NHi(ag) — H0() + NHs(g)

Basic solutions react with non-metal oxides producing a salt and water. These reactions
are best understood by visualising the acid that forms when the oxide dissolves in water.
(See margin notes at right.)

BASE +  NON-METAL OXIDE — SALT + H20

Example: Sulfur dioxide gas is bubbled through a potassium hydroxide solution.
2KOH(@g) + S0208) — KzSOs(ag) + H20(D
20H ) + SOx(®) — SOT(ag) + H.00)

Reactions like the one above are better visualised as a two part process. First the non-metal
oxide dissolves in water to form an acid solution. The resulting acid is then neutralised by
the base. (See below.)

initially S02(g) + H20() = H2S0s(aq)
then HoS0s(ag) + 20H (ag) — 2H20() + SO3 (aq)
overall SOx(g) + 20H(ag) — H20() + SO% (ag)

The margin notes at right show what acid is formed when some common non-metal oxides
dissolve in water.

Set 3 Review: Acid-hase properties J

. Astudent conducted several tests on the following solutions. From the results obtained,

determine whether the solutions are acidic, basic or neutral. If the test is inconclusive
state this and indicate which solutions (ie acidic, basic or neutral) are consistent with
the result. Briefly justify your answer.
Solution Test results
A This solution turned universal indicator paper (Fig 1) a yellow-orange colour.
B Solution B was found to be a good conductor of electricity.
C When solid ammonium chloride was added tfo this solution it produced a
strong pungent adour.
A strip of blue litmus paper added to this solution remained blue.
E Red litmus remained red in this solution and the solution showed no reaction

with a strip of magnesium metal.
F Solution F produced a vigorous reaction and a colourless gas with NaxC0Os(s).
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TOXIC GAS

2.3

Sulfur dioxide is a poisonous colourless gas
with a pungent choking odour.

TOXIC GAS

2.3

Ammonia is a toxic colourless gas that has a
characteristic irritating pungent odour.

Non-metal
oxide

C0;
carbon
dioxide
S0
sulfur
dioxide
S0s3

sulfur
frioxide

NO:
nitrogen
dioxide
P4010

phosphorous
(v) oxide

Acid formed
in water

H2C03
carbonic acid

H2S03
sulfurous acid

H2S04
sulfuric acid

HNOs and HNO:
nitric and nitrous acid

H3P04
phosphoric acid
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Note: If any reagent in a reaction mixture is 3.

present as a solution then the reaction
mixture must contain water. This means any
soluble products will also be in solution.
Solubility rules can be found in Appendix 5.

Figure 2 A suspension is a
cloudy mixture consisting of fine
particles of an insoluble solid
spread throughout (suspended) in
a liquid phase.

R

ST
:oﬁlv’m“

) 4
.

Figure 3 Phosphoric acid is a key
ingredient in some rust converters.
Photograph courtesy of Septone Products
Pty Ltd.

Figure 4 Concrete swimming pools like the
one shown here often have a plaster or
marbelite finish on the inside surface.
Excessively low pH water can slowly
dissolve the plaster surface.

32 Chapter3

Write a balanced chemical equation (not ionic) for the chemical reaction that takes
place when each of the following pairs of reagents is combined. For each reaction briefly
note an ohservation you would expect.

a. HNOs(ag) and Fe(QH)s(s) e. aluminium metal and excess sulfuric acid
b. (Ca0(s)and HCl(ag) f.
. KOH(ag) and NH4NOs(aqg) g.
d. Ca(0H)2(s) and HsP0a(aq) h.

solid potassium carbonate and hydrochloric acid
copper(ll) oxide and nitric acid solution

carbon dioxide gas and potassium hydroxide
solution

Write a balanced net ionic equation and give an observation that could be expected
for the following experiments.

a. Powdered copper oxide,
[H*(aq) and SO3 (ag)].

b. A sodium hydrogencarbonate solution [Na*(agq) and HCO3(aqg)] is added to a nitric
acid solution [H*(ag) and NO3(ag)].

¢. Crystals of solid ammonium chloride, NH4Cl(s) are added to a sodium hydroxide
solution [Na*(aq) and OH (ag)].

d. A solution of ammonium chloride [NH4(ag) and Cl'(ag)] is added to a potassium

hydroxide solution [K*(ag) and OH (aq)].

Granulated zinc is added to a hydrochloric acid solution.

CuO(s) is added to a sulfuric acid solution

A sulfuric acid solution is added to a copper (1) hydroxide suspension (Fig 2).
A hydrochloric acid solution is added to powdered aluminium oxide.

> @ oo

Carbon dioxide gas is bubbled through a sodium hydroxide solution.
A sulfuric acid solution is added fo marble chips, CaC0s(s).
j. Ammonia gas is bubbled through a hydrochloric acid solution.

k. Solid copper(ll) carbonate is added to a nitric acid solution.

Both vinegar and lemon juice are suitable for removing insoluble lime scale (essentially
a solid deposit of calcium carbonate) that can form inside a kettle. With the aid of an
equation explain how vinegar is suitable for this use.

Rust converters (Fig 3) are used for treating rusty iron surfaces before painting. One
type of rust converter contains phosphoric acid as a major active ingredient. Given that
the reddish-brown substance known as rust is essentially iron(l1l) oxide, Fe>0s, explain
how the rust is chemically converted by a rust converter.

Farmers sometimes apply the compounds ammonium nitrate or ammonium sulfate to
the soil as a nitrogen fertiliser that helps improve crop yield. Both ammonium ions and
nitrate ions are a water soluble source of nitrogen able to be absorbed by plant roofs.

Another compound farmers often apply to their soil is lime (Ca0). This is ideal for
increasing soil pH. Why should the nitrogen fertilisers and lime not be mixed together
and applied simultaneously?

In swimming pools the pH should be kept between 7.2 and 7.8. If the pool pH gets too
low this indicates the water has become quite acidic. Low pH is a particular problem in
marhelite or plaster pools. It can result in the pool walls slowly dissolving and becoming
slightly rough in texture (Fig 4.). The rough surface then becomes an ideal breeding
ground for algae and pool maintenance becomes a problem. The major components in
marbelite and plaster include Ca0, CaCOz and Ca(OH):, Explain, with the aid of
equations, why low pH will affect plaster and marbelite pools as described.
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CHAPTER 4 | UNDERSTANDING ACID-BASE PROPERTIES

Figure 1 Many of the distinctive properties
of acids and bases were known long before
the concept of acids and bases was clearly
defined. Inhabitants of the Mediterranean
regions in ancient times recognised
substances for tastes like sour and hitter
which today we recognise as properties of
acids and bases.

The ability of cerfain substances to affect the
vibrancy and colour of plant dyes was also
known and used by sixteenth century textile
dyers. Today we use this property as the
basis of the simple analytical test, the litmus
test, fo identify acids and bases.

4.1 Science at work: Evolution of acid-base theories
The characterisation of acids and bases as we know them today was first outlined by
Robert Boyle (1627-1691) who in 1661 summarised their known properties as:

Acids: Have a sour taste, are corrosive to metals, change the colour of certain vegetable
dyes, such as litmus from blue to red and lose their acidity when they are mixed with bases.

Bases (Boyle used the term alkalis): Feel slippery, change the colour of litmus from red to
blue and become less alkaline when they are combined with acids.

Boyle also develop the litmus tfest (still used today) for identifying acidic and basic
solutions. However, despite Boyle’s insight into the classification of acids and bases, a theory
that could account for their properties would still be a century away.

Antoine Lavoisier (1743-1794) is credited with the first theory of acidity. In his extensive
experimental work on combustion Lavoisier had observed the oxides of many non-metal
elements like carbon, phospharus and sulfur (eg COz, P20s and SQ2) dissolved in water to
produce acidic solutions. In 1776 these observations led him to propose the acidity of a
compound was due to the presence of oxygen in the compound. The existence of oxygen,
as the highly reactive elementary substance present in air, had only just been discovered in
1774 through a series of experiments conducted by Joseph Priestley.

At this time experimentation on the composition of compounds and the isolation of elements
was gaining momentum. Alessandro Volta had recently published, in 1800, his discovery
of the voltaic pile, a chemical cell that produced a steady electric

Figure 2 A 19™ century engraving of Humphry Davy using electrolysis to
isolate the meftallic element in alkalis and alkaline earths. He is shown
experimenting at the Royal Institution in 1807. The Voltaic batteries he used
are seen on the table in front of him.
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Through his experimental observations on the electrolytic separation of
elements from their compounds Davy was able to disprove Lavoisier’s oxygen
theory of acids. He also s<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>