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Introduction

B About this book

This textbook covers the specification for the second year of the Edexcel chemistry
A level course. The order of topics follows that of the specification. To give students

a better understanding of — and feel for — some topics, the content of the book
occasionally goes beyond the confines of the A level specification.

Margin comments are provided throughout the book. These comprise valuable

reminders and snippets of information, and include tips that clarify what you need
to know and common sources of confusion,

This book is not a guide to the practical chemistry that all A level students will study.

However, many of the reactions that will be met in the laboratory are detailed
throughout.

At the back of the book (p. 324), there is a periodic table that gives relative atomic
masses to one decimal place. This should be referred to for atomic numbers, atomic
masses and symbols of the elements, The table is similar to the one printed on the
back of the examination papers.

B Online resources
Each chapter includes *Test yourself’ questions. The answers to these are available
at https://www hoddereducation.co.uk/FacerChemistry2, At the end of every
chapter are a number of practice questions, including some typical exam-style
questions. Answers to the end-of-chapter questions are available as part of George

Facer’s Edexcel A Level Chemistry Teaching and Learning Resources. Go to
www.hodderaducation.co.uk/dynamiclearning to sign up for a free trial. A practice

exam-style paper and multiple-choice tests to print off for students to complete
are also available.

B Required previous knowledge and skills
All students should be: |

e familiar with the use of a calculator

e able to change the subject of an algebraic equation

o able to draw straight-line and curved graphs from supplied data and to extrapolate
graphs

e able to draw tangents to curves and to calculate the slope of the tangent and of
straight-line graphs

» confident in the use of scientific (standard) notation, for example that the number
1234 can be written as 1,234 x 102 and that 1.234 x 10-3 is the same as 0,001234

Required previous knowledge and skllls
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Toplics 1-10 are In Book 1

o Introduction

i Scheme of assessment

Students ts;ké ti‘lree theory papers:

e Paper 1 lasts for 1 hour 45 minutes and has a maximum mark of 90, The questions
are based on the inorganic and physical chemistry topics in years 1 and 2 of the
course,

e Paper 2 also lasts for 1 hour 45 minutes and has a maximum mark of 90. The
questions are based on the organic and physical chemistry topics in years 1 and
2 of the course.

Paper 1 | Paper 2

Toplc 1 Atomic structure and the perlodic Toplc 1 Atomic structure and the perlodic

table table

Toplc 2 Bonding and structure Toplc 2 Bonding and structure

Toplcs 3 and 14 Redox | and || Topic 3 Redox |

Toplc 4 Inorganic chemistry and the Toplc 4 Inorganic chemistry and the

periodic table perlodic table

Toplc 5§ Formulae, equations and amounts Toplc 6§ Formulae, equations and amounts

of substance of substance

Toplcs 8 and 13 Energetics | and Il Toplcs 6, 17 and 18 Organic chemistry |1, Il
and Ili

Toplcs 10 and 11 Equilibrium | and I Toplcs 7 and 19 Modern analytical

techniques | and Il
Toplc 12 Acld-base equlllbria Toplcs 9 and 16 Kinetics | and ||
Toplc 15 Transition metals

Both papers 1 and 2 will have at least 10 multiple-choice questions embedded in
longer questions,

e Paper 3 lasts for 2 hours 30 minutes and has a maximum mark of 120, It draws on
the entire specification and includes synoptic questions and questions that require
recall and understanding of experimental procedures, especially with reference to
the core practicals listed in the specification.

N Hazard and risk

This book is not intended to be a laboratory manual. All experiments described
in this book should be risk assessed by a qualified chemistry teacher before being
performed either as a demonstration or as a class practical. Safety goggles and a

laboratory coat or apron must be worn in all experiments,

§ Exam technique

Mark allocation
In all the A level papers the marks for each part of the question are given in brackets.

This 1s a much better guide as to how much to write than the number of dotted
lines provided for the answer. If there are 2 marks, two statements must be made.



For example, if the question asks for the conditions for a particular reaction and
there are 2 marks available, two different conditions must be given, such as solvent,
temperature or catalyst,

Alternative answers

Do not give alternative answers. If one of them is wrong, the examiner will not
award any marks for this part of the question, If both answers are correct, you would
score the mark. However, there is no point in risking one answer being wrong,
Beware also of contradictions, such as giving the reagent as concentrated sulfuric
acid and then writing H,50 (aq) in an equation,

Writing your answers

In Edexcel A level chemistry exams, the answers are written in the spaces on the
question paper. If part of your answer i1s written elsewhere on the page, alert the
examiner by writing, for example, ‘see below’ or ‘continued on page 5. Exam
papers will be marked online, so question papers and answers will be electronically
scanned. For this reason, it is essential not to write outside the borders marked on

the page.

Multiple-choice questions
You must put a cross in the box corresponding to your chosen answer. If you change

your mind, put a horizontal line through the cross and then mark your new answer

with a cross. Be aware that some questions are expressed as negatives — for example,
"Which of the following is not. .7’

In numerical multiple-choice questions, you should just work out the answer and
then look to see which option is the same as your answer, Otherwise, read all the

options. This will help avoid being misled by a half=correct response.

Writing a tick or cross after the end of each response could help to focus your mind.
If you find that you have two ticks, then think about which is really the correct

dnswer.

If you are having difficulty with a question, put a large ring around the guestion
number, leave it and go on to the next question. If you have time, come back when

you have finished sections B and C. Riemember that you should not spend more
than 30 minutes on the multiple-choice section, i.e. one question every 90 seconds.

Some questions will take less time than this and others will take longer, especially
if a calculation is involved.

Correction fluid, red pens or pencils
Do not use any of these., Mistakes should be crossed out neatly before writing
a new answer. Red ink and pencil will not show up when the paper is scanned

electronically.

Exam technique




@ Introduction

Equations
¢ Equations must always be balanced. Word equations never score any marks.

¢ lonic equations and half-equations must also balance for charge.
e State symbols must be included:

— if the guestion asks for them
~ in all thermochemical equations
— if a precipitate or a gas is produced
# The use of the symbols [O] and [H] in organic oxidation and reduction reactions,
respectively, is acceptable. Equations using these symbols must be properly balanced.
e Organic formulae used in equations must be written in such a way that their

structures are unambiguous,

Stability
‘A secondary carbocation is stable’ has no meaning. "Stability’ must be used only
when comparing two states or two sets of compounds. You have to know and

understand the difference between thermodynamic stability (AS and E_4) and
kinetic stability (activation energy and rate of reaction).

Graphs

Normally, there is a mark for labelling the axes. When sketching a graph, make
sure that any numbers on the axes are on a linear scale. The graph should start at
the right place, have the correct shape and end at the right place. An example is the

Maxwell-Boltzmann distribution, which starts at the origin, rises in a curve to a
maximum and tails off ag an asymptote to the x-axis,

Diagrams of apparatus

Make sure that a flask and condenser are not drawn a¢ one continuous piece of

glassware, The apparatus must work, There must be an outlet to the air somewhere
in the apparatus. In distillation, the top should be closed and the outlet should be at

the end of the condenser. For heating under reflux, the top of the condenser must
be open. Never draw a Bunsen burner as the heater. It is always safer to draw an
electrical heater, in case one of the reagents is flammable.

Read the question

(Questions are often very similar to, but slightly different from, those previously
asked. Make sure that you answer this year's question, not last year's! Look for the

words ‘using your answer to..." or ‘hence...". For example, if you have been asked to
calculate oxidation numbers and are then asked to "hence explain why this is a redox
reaction’, vour answer must be in terms of changes in oxidation number and not in
terms of loss or gain of electrons,

Quality of written communication

The most important thing is for you to convey the meaning clearly, accurately and
in a logical order. Minor spelling and punctuation errors will not be penalised as
long as they do not distort the meaning. Note the subtle difference between "‘more
successful collisions’ (a total number) and ‘'more of the collisions are successtul’
(a proportion of the number).



Liquid bromine in equilibrium
with gaseous bromine

LA R R LR L L L L LR RN RE R L L L]

Square brackets around

the symbol of a specles
mean the concentration, In
moldm-2, of that substance,

E—————
Key term
In a dynamic equilibrium,
the rates of the forward
and reverse reactions are
the same. Therefore, there
is no further change in
the concentrations of the
reactants and products,

Some reactions go to completion, and others do not. The latter type of reaction
is called a reversible reaction. Physical changes, such as evaporation, are also
reversible, for example:

Bry(l) = Bry(g)

When liquid bromine is mixed with air in a sealed container, a dynamic equilibrium
between the liquid and gaseous bromine is reached. Gaseous bromine molecules
condense into the liquid at exactly the same rate as bromine molecules evaporate
from the surface of the liquid.

Consider the gaseous reaction:

Hj(g) + L2(g) = 2HI(g)

When hydrogen and iodine are mixed in a sealed container at a temperature,
T, and left, dynamic equilibrinm is eventually reached. At this point, there
is no further change in the concentrations of the reactants and products but the
reactions have not stopped. The forward and backward reactions are continuing
at the same rate.

The reaction between hydrogen and 1odine was studied by Guldberg and Waage

in 1864, They mixed different amounts of hydrogen and iodine and allowed the
mixtures to reach equilibrium at 480°C. They then measured the concentration

of the three substances at equilibrium and tried to find a mathematical relationship
between these concentrations, Typical results for this are shown in Table 1.1,

Table 1.1 Reaction between hydrogen and iodine

Initlal [Hy] | Inttial (1] | [Hg] at (lplat [ [H1] at HI] | [HI2
equiibrium | equitibrium | equiltbrium (THLTTRT | THa (1]

0.040 0.040 0.0089 0.0089 0.062 783 49
0.080 0.040 0.0426 0.0026 0.0748 675 61
0.080 0.080 0.018 0,018 0.124 383 a7
0.020 0.080 0.0006 0.0606 0.0389 1286 50

The values in the final column are constant to within experimental error so, from
these results, it appears that:

[HIL,
[HE ]q [Ii ]lq

= a constant

1 Equilibrium 11 (Topic 11



Tip

Remember that, in an
equilibrium constant
expression, the products
are on top and the
reactants are on the
bottom.

Required year 1 knowledge

l The equilibrium constant, K.

Law of mass action and K,

The results given in Table 1.1, and those of other equilibrium reactions, enabled
Guldberg and Waage to formulate the law of mass action, This states that
when reactions reach equilibrium, the equilibrium concentrations of the products
multiplied together and divided by the equilibrium concentrations of the reactants

also multiplied together, with the concentration of each substance raised to the power
appropriate to the reaction stoichiometry, are a constant at a given temperature.

For example, for the reaction:
Na(g) + 3H;(g) = 2NH;(g)

NH,
[AJT = a constant

[N2Jig[Ha i
where [NH,],_ is the concentration, in mol dm™3, of ammonia at equilibrium.

The constant 1s called the equilibrium constant (measured in terms of
concentrations) and has the symbol K.

The value of the equilibrium constant depends on:

& the nature of the reaction
e the stoichiometry of the equation written
o the temperature at equilibrium

The value of the equilibrium constant does not change when the concentration of a
species or the pressure is altered or if a catalyst is added.

In general, for a reaction;
XA + yB = nC + mD

where x, y, # and m are the stoichiometric amounts in the equation, the value of K,
is given by:

CL. [DE:

[Alg B,
The right-hand side of this expression is called the reaction quotient and given
the symbol Q.

It 1s important to realise that the equilibrium constant only equals quotient, ©Q,
when the system it at equilibrium,

o If Q = K, the system is in equilibrium and there will be no further change in
concentration of the reactants and products,

e If Q= K, the system is not in equilibrium and will react to reduce the value of
the numerator. Thus products will be converted into reactants (the position of
equilibrium will shift to the left),

o 1 Equilibrium I (Topic 11)



e If Q< K| the system is not in equilibrium and will react to increase the value of

the numerator. Thus, reactants will be converted into products (the position of
equilibrium will shift to the right).

The chemical equation and the expression for K

Equilibrium constant in terms of concentration, K,

This 18 defined in terms of the equilibrium concentrations of the reactants and
products of the reversible reaction,

An equilibrium constant has no meaning unless it is linked to a chemical equation.
Consider the equilibrium reaction of sulfur dioxide and oxygen reacting reversibly
to form sulfur trioxide. This reaction can be represented by two equations and

hence by two expressions for the equilibrium constant, K.. The values given below
are at 727°C (1000K).

250;(g) + O,(g) = 280;(g)
(SO, ]2

K: = + = 280011101"‘:.1:113

[SO;,» ]-a [Di ]lq

or

SO(g) + 3Os(g) = SOx(g)
0,

K= Lﬂ-m- = 52,9mol'?dm*?
[SDZ ]u

q [DZ ]cq

The reaction can also be written in the other direction, giving a third expression for K:
250;(g) = 250;(g) + Oa(g)

K= [SO, ]E;[Dz].q

’ ———=1 = 3.57 X 10"*moldm™3
[SOs ],

The three equilibrium constants are connected by the expression:
1

r
e

K =(K) =

The reactions above are all examples of homogeneons reactions,

Gases always mix, so reactions involving only gases are homogeneous. Reversible
reactions in solution are also examples of homogeneous equilibria, In such reactions,
the concentration terms of all the reactants and products appear in the expression for

the equilibrinm constant. For example, for the homogeneous reaction:
CHyCOOH(]) + C;H;OH(l) = CHy,COOCHg(l) + H,O(1)

_ [CH;COOC,Hg)ug[H20ly.
¢~ [CH;COOH], [C,H;OH],

_

Test yourself

1 Write the expression for K, for the reaction:
NO(g) + %-02(5) = NO,(g)

The equilibrium constant, K

Tip |

The numerator is the term
on the top of a fraction.

Bahbbbabbr s bbb bdbidbbhdddrebrban

Note that K, = /K; and that
62.9 = ZB00

FYRIVPPRRARRARRRNTNRVYRRERALRRY

1
Note that 500
= 3.57 x 104

[ =—————————~
Key term
A homogeneous reaction

is one in which all the

reactants and products
are in the same phase,
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Water Is a reactant but
not the solvent, 80 [Hy0]g,
appears In the equilibrium
expression.

PRRRARABRERPNRNRENASREARAYRRNRD

Water |s a reactant and

the solvent, so [Hz0]g, I8
omitted from the equilibrium
expression,

[H20] In equilibrium expressions

» When water is a reactant but not the solvent, the term [H,O] must always appear
in the expression for the equilibrium constant,

o When water is in the gaseous state, [H,O] must appear in equilibrium constant
expressions,

o When water 1s the solvent, even if it 1s also a reactant or product, [H;0] does
not appear in the expression for the equilibrium constant, This is because its
concentration remains constant,

Worked example 1

Write the expression for the equilibrium constant, K., for the reaction:
CH,;COOCH,(]) + H,0(l) = CH,COOH(I) + CH,0H()

Answer

[EH, COOH] =0,
[CH,COOCH,),[H,0],,

e — — Y
Worked example 2

Write the expression for the equilibrium constant, K., for the reaction:
Cr,0,% (aq) + H,0(1) = 2CrO*(aq) + 2H'(aq)

Answer
s [Crod “]lq [Hi‘]sq
| [Cr,07 1.

Solids In an equilibrium expression
The concentration of a solid cannot alter and so it is left out of an equilibrium
expression,

| |
Worked example
Write the expression for the equilibrium constant, K, for:

3Fe(s) + 4H,0(g) = Fe,0,(s) + 4H,(g)

Answer

_ _[Ha)
- [H0)*

_——-—-—
Test yourself

2 Write the expression for K, for the following reaction:
CaCO,4(s) = Ca0(s) + CO4(g)

o 4 Equilibrium I (Topic 11)



Year 2 equilibrium

j Calculation of K, from experimental data

A typical question would give the starting amounts of the reactants, the total volume
and the percentage that reacted and ask you to calculate the equilibrium constant,
The calculation requires the use of a table, as in the worked example below,

e Write the chemical equation.
@ Construct a suitable table and write in the following:
— the initial amounts (in moles) of the reactants and of the products if their initial
amounts were not zero
-~ the amounts by which the reactants and the products change in reaching
equilibrium — use the stoichiometry of the equation
-~ the amount, in moles, of each substance at equilibrium
— the equilibrium concentration in moldm™ — divide the equilibrium number
of moles by the total volume
e Below the table, write the expression for the equilibrium constant.
o Substitute the equilibrium concentrations into the expression and calculate its value.
At the same time, determine the units of K, and include them in your answer.

e e e (YT T
Worked example 1

When 0.0200 mol of sulfur trioxide is placed in a flask of volume 1.50dm? and

allowed to reach equilibrium at 600°C, 29% of it decomposes into sulfur dioxide
and oxygen. Calculate the value of the equilibrium constant, K, at 600°C.,

Answer
The equation is:

Nt RO RRR RN R RO RRIN
____ Note that as 0.0058mo

of sulfur trloxide reacts,

Initial moles 0.0200 0.0058 mol ?f sulfur
Change (moles)  (-28/100) x 0.0200) +0.0058 +1 % 0.0058 dioxids &nd § of 0.00B8 =
= -0.0068 -2'1'-0 0029 0.0029mol of oxygen are
=i td<ird produced. This Is because
Moles at 0.0200 - 0.0068 0 + 0.0068 0 + 0.0029 the ratio of the three
equilibrium = 0.0142 = 0.,0068 = 0.0029 substances In the chemical
_ equation Is 2:2:1 or 1:1:3,
concentration 0.0142/1.50 0.0058/1,50 0,0029/1.50
at eq uumn um/ = 0,00047 = 0.00387 = 0.00193
mol dm-3

.3
[S012[0,)e  (0.00387 moldm =) * (0.00193mol dm™*
K =_*.&: -
[SO,]

[}
(0.00947 mol dm™)
=32x10*moldm™

Calculation of K, from experimental data



The same method is used when some product, as well as the reactants, is initially
present, In this type of question the equilibrium moles of reactants will be less than

the initial amounts, but the equilibrium moles of the product will be more than the
initial amount.

The units are determined as in worked examples 1 and 2 on p. 8.

Worked example 2

A vessel of volume 2.0dm? was filled with 0.060mol of methane, CH,,
0.070mol of steam and 0.010mol of hydrogen and allowed to reach equilibrium
at a temperature of T°C. 80% of the methane reacted. Calculate the value of the
equilibrium constant, K, at this temperature.

Answer
The equation is:

FPRAANRRRRNINIRIFPRAARRREINFIY Y CH.‘(E) + Hzﬂ(g) = CO(E) - 3Hg(g)
Note that If 0.048mol

0.048mol of steam also

reacts and 0.048mol of Initial moles 0.070 0.010
SAFROR IS Ion S60 Change (moles) -0.80 x 0,080  —-0.048 +0.048 +3 % 0,048
are produced. This Is R ;
because the reaction Moles at 0.060 - 0.048  0.070 - 0.048 O + 0,048 0.144 + 0,010
stolchlometry Is 1:1:1:3, equilibrium = 0,012 = 0.022 = 0,048 = 0.154
Concentration  0.012/2.0 0.022/2.0 0.048/2.0 0.164/2.0
at equilibrium/ = 0.0060 =0.011 = 0.024 = 0.077
mol dm-3

_ €O [H, 14,

v [CH,],,[H,0],,

_ 0.024x(0.077)°
0.0060x0.011

=0,17mol*dm™®

P e e e
Worked example 3

Iron(i) sulfate, FeS0,, and silver nitrate, AgNO5, react according to the equation:
Ag'(aq) + Fe’'(aq) = Fe''(aq) + Ag(s)

To find the equilibrium constant K, for this reaction, 25.0em® of 0.100 moldm™
solutions of iron(n) sulfate, FeS0,, and silver nitrate, AgNO4, were mixed and

allowed to reach equilibrium,

The unreacted silver ions were then titrated uaing a 0.0800 moldm=3 potassium
thiocyanate solution. The titre was 21.00cm?,

In the titration, the Ag* ions react in a 1:1 ratio with the thiocyanate ions to form

a precipitate of silver thiocyanate. The titration is self indicating — an intense
red colour forms with one drop of excess potassium thiocyanate and the iron(i)

jons present in the equilibrium mixture. #

o 1 Equilibrium I (Toplc 11)



Calculate:
4 the initial amount (moles) of Ag* and Fe?+

b the final amount (moles) of Ag* and hence the equilibrium amounts of Ag*,
Fe?+ and Fe3*

¢ the final concentrations of all three ions and hence K,

Answer

o initial amount (moles) of Ag* = 0.100moldm~3 x 0.0250dm? = 0.00250 mol =
initial amount (moles) of Fe?+

b amount (moles) of thiocyanate in titre = 0,060 mol dm~3 x 0,02100 dm?
= 0.00126 mol = amount of Ag* at equilibrium = amount of Fe?*+ at equilibrium

amount Ag* reacted = 0.0025 - 0.00126 = 0.00124 mol = amount Fe3+
formed

¢ volume of solution at equilibrium = 0,050 dm? so:
00126
[Ag'] = [Fe'']= =0.0252 moldm™
0.00124

0.050
[Fe!'] = ———=0.0248 moldm"*
0.050

x = [Fe (ag)]
© [Ag"(aq)][Fe*' (aq)]

= 00248 _ 10 tmol'dm
0.0252x0.0252

_—
Test yourself

3 Hydrogen and iodine react reversibly to form hydrogen iodide:
Ha(g) + I(g) = 2HI(g)
The value of the equilibrium constant, K., at 420°C = 49,
Calculate the percentage of hydrogen that reacts when 1.0 mol of hydrogen

and 1.0 mol of iodine reach equilibrium at 420°C in a vessel of volume
50dm?.

Units of K,

Care must be taken when evaluating the units of K_.. The simplest way is to look at
the equilibrium constant expression and work out the resultant power (dimension)

of the concentration, the unit of which is moldm™, For example, for the expression:

x < [SOaL,[O].
S ECN

the dimension of the top line is (concentration)® and that of the bottom line is
(concentration)?. Therefore, the resultant dimension is (concentration)! which has

units of moldm™. Therefore, K, has units of moldm=

Calculation of K, from experimental data

RENERSRASGRAERPAPRRRENARARRELIN

This method assumes that

the position of equilibrium
does not move to the left as

the sliver lons are removed
In the titration. One way to
tell would be to repeat the
experiment, but pause for
1 minute halfway through
the titration and see If the
titre alters.

Tip |

[Ag(s)] does not appear
in the exprassion for K,

because it is a solid in a
heterogeneous reaction
(see p. 4).




Worked example 1

Calculate the units of the equilibrium constant, K, for the following equilibrium
reaction:

N,(g) + 3H,(g) = 2NH,(g)

Answer

2 [NH, 3,
TNy L [Hy 1,

; 2
dimensions = SSON0COIRION) _ . centration™

(conoennntion)‘

units of K, = (mol dm™)? = dm®mol 2

—
Worked example 2

Calculate the units of the equilibrium constant, K, for the following equilibrium
reaction:

CH,y(g) + H,0(g) = CO(g) + 3H,(g)

Answer
¢ = _[COL I[Hz]:’”

¢ ICH, 14,01,

_ (concentration)*

(concentration)? B e

dimensions

units of X, = (moldm™)* = mol*dm™*

_
Tip
The marks awarded in questions that ask for the value of K, to be calculated are for:

+ calculating the moles of each substance at equilibrium
« dividing these values by the volume to find the equilibrium concentrations
« correctly stating the expression for the equilibrium constant

« correctly substituting equilibium concentrations Into the expression and calculating the
value of K

« working out the units (If there are no units, you must state this)

For some reactions the equilibrium constant has no units, This happens when
there are an equal number of moles on each side of the equation. In examples
like this, you may not be told the total volume, as it will cancel when the value
of K, is calculated,

o 4 Equilibrium I (Topic 11)
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Worked example

1.00 mol of ethanol and 2.00mol of ethanoic acid were mixed in a sealed flask
at 35°C and formed a homogeneous mixture, They were left to reach equilibrium,

C,HOH(l) + CH,COOH(]) = CH,COOC,H,() + H,O(l)
The equilibrium mixture contained 1.15 mol of ethanoic acid, Calculate the value
of the equilibrium constant, K., at 35°C,
Answer
initial amount (moles) of ethanoic acid = 2,00 mol
number of moles at equilibrium = 1.15mol
number of moles that reacted = (2.00 — 1.15) = 0.85mol

Initlal moles 2,00

Change -0.85 -0.85 +0.86 +0.85
Moles at equilibrium 0,18 1.16 0.85 0.85
Concentration at 0.15/V 1.18/V 0.85/V 0.85/V
aquilibrium

where V = the total volume
[CH,COOC,H,][H,0]
K. = cmomcE,coom]
_ 0.85/V =085V

=01V rII5w . +2

K, has no units, as the volume, V, cancels.

Tip

If the volume is not given,
divide the moles by V,
which will later cancel out
when the concentration

values are substituted into
the expression for K.

Test yourself

4 Calculate the units of K, for the equilibrium:
CHy(g) + 2H,0(g) = CO,(g) + 4H;(g)

The equilibrium constant in terms
of partial pressure, K,

The molecules of a gas are in constant and random motion. The pressure of a gas is
caused by the frequency and momentum of the collisions of its molecules with the
container walls.

In a mixture of gases, every gas molecule contributes to the overall pressure. The
sum of the individual contributions equals the total pressure. The contribution of

one gas to the total pressure is called the partial pressure of that substance.

The equilibrium constant In terms of partial pressure, K




Tip
mole fraction =
number of moles a gas

total number of moles
of gas

Tip

Expressions for either
Kp or Ko may be asked
for in gaseous equilibria
questions.

The partial pressure of a gas A in a mixture of gases is the pressure that
the gas A would exert if it were alone in the container at that particular
temperature,

This definition is better expressed as:

The partial pressure of a gas A, p(A), is equal to the mole fraction of gas A
multiplied by the total pressure.

p(A) = moles of A

total number of moles
The sum of the partial pressures of the gases in a mixture equals the total pressure,
For a mixture of three gases A, B and C:

p(A) + p(B) + p(C) = P

x P

The symbol for partial pressure is a lower case p with the identity of the gas in
brackets, p(A), or as a subscript, p,. The total pressure is an upper case P.

Dry air is a mixture of 78% nitrogen, 21% oxygen and 1% argon (plus small amounts
of CO; and other gases). The partial pressure of nitrogen when the total air pressure
is 1.0atm is:

78

— ], = (), 1t

100 1.0atm = 0,78 atm
When a diver descends to a depth of 10m, the pressure of the air doubles. The
partial pressure of nitrogen is now;

% x 2.0atm = 1.56atm
At this higher partial pressure, nitrogen dissolves in the blood. When the diver
returns to the surface, the nitrogen comes out of solution. This causes pain and
could even result in the death of the diver. This condition is called the ‘bends’. To
minimise the problem of the bends, experienced sports divers use an air mixture
called 'nitrox’, which has a lower mole fraction of nitrogen, equal to two-thirds

instead of the four-fifths found in ordinary air.

The partial pressure of a gas is a measure of its concentration in the mixture.
Therefore, partial pressures can be used to calculate equilibrium constants, The units

are those of pressure and not moldm™, so the value of the equilibrium constant will
be different. The equilibrium constant in terms of pressures is given the symbol K,

The relation between the equilibrium constant, K, and partial pressures is similar
to that for K, and concentrations, For a reaction:

xA(g) + yB(g) = mR(g) + nS(g)

_ P(R)" p(S)"

K = 0@ p(my7
The units of K, are (atm)™*"~*~,

e
Test yourself

5 Write the expression for Ky and dive its units for:
SORCIZ(E) — SO‘;(E) o Clg(g:l

o 1 Equilibrium I (Topic 11)



To get the correct thermodynamic value of K, the total pressure, and hence the

partial pressures, must be measured in atmospheres (atm). The reason for this is
beyond A level.

The units for K, can be worked out easily because the dimensions of K, are obtained
from the equilibrinm expression,.
For the reaction Nj(g) + 3H,(g) = 2NHj(g):
i p(NH,)?
P p(Nz) p(Hy)
and so the dimensions are:

(pressure)? . 1 5
(pressure) X (pressure)®  (pressure)®
Hence, the unit is atm™,

(pressure) 2

For the reaction:
H,(g) + 1;(g) = 2HI(g)

ko _P(HD?
ATERYIR

K, has no units in this reaction, as the top line is in atm? and the bottom line atm x
atm. The units cancel, leaving Iﬂ, as a dimensionless number,

The quotient equals the value of K, only when the system is in equilibrium, so
equilibrium partial pressures must always be used in K, calculations.

j Calculation of K, from experimental data

The calculation of K, from experimental data is carried out in a similar way to the
calculation of K_.. However, there is an extra step, which is the calculation of the
total number of moles at equilibrium. The calculation requires the use of a table, as
in the worked example below.

e Write the chemical equation,
o Construct a suitable table and write in the following:
— the initial amounts (in moles) of the reactants and of the products if their initial
amounts were not zero
— the amounts by which the reactants and the products change in reaching
equilibrium — use the stoichiometry of the equation ——
— the amount (in moles) of each substance at equilibrium; then add these values Tip
to find the total number of moles
— the mole fraction of each gas — divide the equilibrium number of moles by
the total number of moles
— the partial pressure of each gas — multiply the mole fraction of each substance
by the total pressure
+ Below the table, write the expression for the equilibrium constant,
# Substitute the equilibrium concentrations into the equilibrium constant expression
and calculate its value. At the same time, work out the units of K, and include
them in your answer.

Never use square brackets
in K, expressions, Square
brackets around a formula
mean the concentration,

in moldm™, of that

substance and so must
be used only in K,

expressions,

Calculation of K, from experimental data



Tip

When there is only one
reactant, you might not
be told its initial amount.
You must assume that it is
1 mol. You will be told the

percentage or the fraction
that reacts.

g‘
Tip
Always check that the mole
fractions add up to 1.

|l e e e m——————
Worked example 1

Phosphorus pentachloride decomposes on heating:

pClg,(E) - pCl!(E) * Cl!(g)

When some phosphorus pentachloride was heated to 250°C in a flask, 69% of it

dissociated and the total pressure in the flask was 2.0atm. Calculate the value
of the equilibrium constant, K.

Answer
Assume that the initial volume of PClg(g) contains 1 mol.

Initial moles

Change ~-0.69 +0.69 +0.69
Equilibrium moles 1-0.69 =031 0+069=069 0+0,60=0.69
Total number of moles at equllibrium = 0.31 + 0.60 + 0.69 = 1.69

Mole fraction 0.31/1.69 =0.183 0.,69/1.69 0.69/1.69
=0.408 = 0.408

Partlal pressure/atm 0,18 x 2.0 =0.366 0408 x 2.0 0.408 x 2.0
=0.816 = 0,816

_P(PCLy) p(Cly) _ 0.816 x 0.816
p(PCly) 0.366

= 1.8atm at 250°C

Worked example 2 is more complicated because the stoichiometry is not 1.1,

Worked example 2

One of the reactions by which the gaseous fuel methane, CHy, can be
produced is:

3H;(§) - CO(E) = CH:‘(g) * H:D(g)

Hydrogen and carbon monoxide were mixed in a 3:1 ratio and allowed to reach
aquilibrium at a temperature of 1000 K. 65% of the hydrogen reacted and the

total pressure was 1.2 atm. Calculate the value of the equilibrium constant, K,

Answer

Assume that the initial volume of gas is such that there are 3 mol of Hy and
1 mol of CO,

initlal moles 3

Change -0.66 % 3 -1.96/3 +0.66 +0.65
=-1.86 = -0.66

Equilibrium 3 -1.95 1-066 0+ 0.65 0+ 0.65

Total number of moles at equilibrium = 1.05 + 0.35 + 0,65 + 0.65 = 2.7

o 1 Equilibrium Il (Toplc 11)
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Mole fraction  1.05/2.7 0.35/2.7 0.65/2.7 0.65/2.7

= 0,389 = 0,130 =0.241 =0.241
Partlal 0,380 x 1.2 0,130 x 1.2 0.241 x 1.2 0.241 x 1.2
pressure/atm = 0,467 = 0,166 = 0.280 = 0,280
_pCHY) p(H,0) _ 0289%0.289 _ (2 -
Ky LijLLp(Hz) (CO) (0467 Tx0.156 ~ram
Lo (pressure)’ _ €3
dimensions (pressure)? (pressure)

units of K, = atm

Test yourself

6 At 35°C and at a pressure of 1.2atm, dinitrogen tetroxide, N,O,4, is 15%
dissociated.

N,04(g) = 2NO,(g)
Calculate the value of the equilibrium constant, K.

Finding the percentage converted using a given value
of K,

This type of calculation is difficult. It is required when two reactant molecules
react reversibly to form two product molecules. The calculation involves letting the

fraction of one substance that reacts equal an unknown, > A table is used as in the
calculation of an equilibrium constant. The value of » is found by taking the square

root of the equilibrium expression,

o= ——
Worked example

The esterification of ethanol with ethanoic acid is represented by the equation:
C,H:OH + CH,COOH = CH,CO0C,H + H,0
The equilibrium constant K, at 25°C is 4.0,

Calculate the percentage of ethanol that is converted to ester when 1.0 mol of

ethanol is mixed with 1.0 mol of ethanoic acid in a propanone solvent of volume
1.0dm? and allowed to reach equilibrium.

Answer

| [ CiMOH [ CHjC00H | CHsCOOCGH; | Ha0
Initlal moles 1.0 1.0 0 0
Change -2 -z 4z +Z
Equilibrium moles (1-2) (1-2) +Z +Z
Equilibrium (1-2/1.0 (1-2/1.0 2/1.0=z2 /1.0 =z
concentration/moldm=* =1 -2 =1~2 *

Calculation of K from experimental data_| **



K.= [CH,COOC,H,][H,0]
[C,H,OH][CH,COO0OH]
Zxg
(1-21-2)
=T =40
(-2
— Taking the square root of both sides:
Tip q iz) =\F0=20
Technically the square root z=20-2z
of 4.0 is £2, but negative "
values of moles are 32=2.0
meaningless. z=0.67, so 67% of the ethanol reacted.
J Heterogeneous equilibria
In all the examples so far, the reactants and products have been in the same phase.
Some reversible reactions involve reactants and products in different phases.
There are three physical states — solid, liquid and gas.
e All gases mix completely. Therefore, a mixture of gases always forms a single
phase in which any one part is identical with any other part.
e A solution of several solutes in water exists in a single phase, also forming a
homogeneous mixture,
» Two liquids mix to form either a single phase or, if they are immiscible, two
layers — two liquid phases.
e Solids that dissolve in a solvent form a single liquid phase.
e A mixture of a solid and a gas forms two distinct phases,
» Mixtures of solids are usually in two different solid phases,
[es————— In a heterogeneous equilibrium reaction at least one substance is in a different
Key term

A heterogeneous mixture
is one that exists in two or
more different phases.

phase from the others. An example of this is the reaction between carbon and steam
to form carbon monoxide and hydrogen:

C(s) + HO(g) = CO(g) + Ha(g)

The three gases are in the same phase but carbon is in a different phase. The
concentration of a solid, such as carbon, is constant and so is left out in the expression
for K.. For the reaction above, the equilibrium constant, K_, is given by the expression:
_ [CD]lql}{ﬁllq

K, =
[}izolsq
Involatile solids have no vapour pressure and so they do not appear in the expression
for the equilibrium constant, K,,. For the reaction:

3Fe(s) + 4H,0(g) = FeyO4(8) + 4H(g)
~ pHy)*
K p[H;0O]*
where all partial pressuresg are equilibrium values.
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Worked example 1

Ammonium hydrogensulfide, NH4HS, decomposes when heated, according to the
equation:

NHHS(s) = NHy(g) + H;S(2) X, =0.142atm? at 50°C

o State the expression for K.

b Calculate the partial pressure of both gases at 50°C and hence the total
pressure,

Answer
2 Ky = p(NH3)p(H;S) = 0.142
b As the reaction produces NH3y and H;S in a 1:1 ratio, p(H5S) = p(NH3)
K, =p(NH;)* = 0.142
p(NH,)=0.142 = 0.377atm
p(H,8)=0.3770 atm
total pressure = sum of partial pressures = 0.377 + 0.377 = 0.7540 atm

Another heterogeneous equilibrium is that between solid calcium hydroxide an
aqueous calcium ions and hydroxide ions:

Ca(OH),(s) + aq = Ca**(aq) + 20H (aq)

LA AAAAL LA LAl d AR AR AL L AL N,

The product of the
concentrations of the

aqueous lons formed from
a sparingly soluble solld Is

The solid calcium hydroxide is in one phase and the dissolved ions and the solvent  ©@lléd the solubliity product

are in another. The expression for the equilibrium constant is;
K: - [Caz.'-]iq [DH—]th

and glven the symbol Kgp,

Worked example 2

The value of K, for dissolving calcium hydroxide is 5.5 x 10-5mol*dm-? at 25°C.
Calculate:

a the concentration of OH- ions in a saturated solution
b the number of OH- ions in 1dm? of solution

Answer
a K = [Ca?*]oq[OH~]oq? = 5.5 x 10-6
Let [Ca?*] =2z
Ratio of OH™ to Ca®* = 2:1, s0 [OH"] = 2z K=zxQ)=55x10"*
429 =55x10""
z=0.024
[OH] =2z = 0.048 moldm™}

b number of OH- ions = [OH-] x the Avogadro constant = 0,048 x 6.012 x 1043
= 2,89 x 1022

Heterogeneous equllibria



Test yourself

7 Write the expression for K, for the equilibrium:
Fe,0,(s) + 3CO(g) = 2Fe(s) + 3CO,(g)

j Effect of a change in temperature

A change in temperature will always cause a change in the value of K, unless AH
for the reaction is zero. It is the only variable condition that alters the value of the
equilibrium constant for a given reaction.

Exothermic reactions: AH negative

@ Ifthe temperature is increased, the value of K decreases.
» This means that the quotient Q) is now larger than the new K, so the position of
equilibrium moves to the left until the @ and K are once again equal.

Endothermic reactions: AH positive
e Ifthe temperature is increased, the value of K increases,

@ This means that the quotient Q is now smaller than the new K, so the position of
equilibrium moves to the right until the Q and K are once again equal.

The explanation of the change in the value of the equilibrium constant, K, as the
temperature is altered is given in Chapter 3 on p. 84,

Table 1.2 Effect of temperature on K

AH/ T/°C
KJmol-1

Exothermic:

Ng(g) + 3Hp(g) = 2NHa(g) -92 26 6.8x10°atm-? 4.2 x 102dm®mol-?
126 43atm=2 4.7 x 108dmEmol-?
2256 3.7 x10"2atm? 9.1 x 105amEmol-2
326 1.7 x10%atm-? 5.7 x 10*dm®fmol-?
426 7.8x10°%atm-? 3.4 x 10°dmfmol-?

Endothermic:

NyO4(R) = 2NO5(g) +58 25  0.24atm 9.7 x 10-5moldm-3

80 4.0atm 0.0014 moldm=3

100 4Batm 0.016moldm-2
1650 350atm 0.10moldm-3

Remember that the value of the equilibrium constant is nof altered by any change
in concentration, pressure or the addition of catalyst, Its value, for a given reaction,
depends solely on the temperature.
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Effect on the rate of reaching equilibrium

An increase in temperature always results in an increase in the rate of reaction. This
1§ true whether the reaction is exothermic or endothermic. It happens because the
molecules possess greater average kinetic energy, so more collisions have energy that
18 greater than the activation energy. This means that a greater proportion of the
collisions result in a reaction.

In a reversible reaction, an increase in temperature increases the rate of the forward

and back reactions, but does not do so equally. The endothermic reaction has higher
activation energy and so its rate is increased more than that of the exothermic

reaction. This is one reason why the position of equilibrium shifts in the endothermic
direction when the temperature of the system is raised.

Because the rates of both reactions are increased, equilibrium is reached more rapidly.

Test yourself

8 State the effect of decreasing the temperature on the equilibrium constant,
K, for:
N,(g) + O,(g) = 2NO(g) AH =+ 180k mol™!

Effect of change of pressure or volume of
the container on gaseous reactions

Effect on the equilibrium constant

Altering the pressure of a gaseous system or the volume of the container has no effect
on the value of the equilibrium constant.

Effect on the position of equilibrium

This depends on the number of gas molecules on each side of the equation,

In all the examples below assume that the pressure has been doubled by halving the
volume of the container. This will cause the concentrations of all species to double,

The equilibrium involving hydrogen, iodine and hydrogen iodide is an example of
a reaction in which the number of gas moles on the left equals the number on the

right:
Hj(g) + Lx(g) = 2HI(g)
o I,

x [HE]-q[Il]lq

o An increase in pressure (caused by a decrease in the volume of the container) has

no effect on the value of K.

The concentration of HI rises by a factor of 2, and so [HI)? increases by a factor of 4.

The concentrations of both Hj; and I; rise by a factor of 2. Therefore, [H;]

multiplied by [I;] increases by a factor of 4.

¢ Both the top and the bottom lines of the quotient rise by the same factor.
Therefore, its value does not change.

® o

Effect of change of pressure or volume of the contalner on gaseous reactions



Tip
An increase in pressure
will drive the position of

equilibrium to the side with
the fewer moles of gas.

Tip

If & syringe is filled with
an equilibrium mixture of
these two gases and then
the plunger is pushed in,
the colour at first darkens
and then gets lighter. The
reason is that the brown
NO, molecules are in a
smaller volume, but as
equilibrium is slowly re-
established the colour of
the mixture gets lighter.

e Neither K. nor the quotient has altered, thus K, still equals the quotient. This
means that the system is still in equilibrium, so there is no change to the position

of equilibrium,

The equilibrium between nitrogen, hydrogen and ammonia is an example of a
reaction in which the number of gas moles on the left is more than the number on
the right:

Na(g) + 3H(g) = 2NH;(g)
[NHJEq

K =
N [HaI5,
Assume that the total pressure is doubled (or the volume of the container is halved):

® An increase in pressure has no effect on the value of K.

# The concentration of ammonia doubles, so [NH3)? rises by a factor of 4,

@ [N;] muluplied by [I-Iz]3 rises by a factor of 2 x 2%, This is a greater increase than
that of the top line of the quotient,

¢ The quotient becomes smaller, Therefore, it no longer equals K_, and the system
is no longer in equilibrium.

@ The system reacts to make the guotient bigger until it once again equals the
unaltered value of K_. It does this by hydrogen reacting with nitrogen to make
more ammonia, so the position of equilibrium shifts to the right.

An increase in pressure does not alter K, but the quotient is lowered as there are
fewer gas moles on the right, Therefore, the system reacts to make more ammonia,

until the quotient equals K, once more,

Test yourself

9 State whether the position of equilibrium below moves to the left or right
when the pressure of the system is increased. Justify your answer,

4NH;(g) + 50.(g) = 4NO(g) + 6H,0(g)

Explanation in terms of K

The equilibrium between dinitrogen tetroxide and nitrogen dioxide is an example
of a reaction in which the number of gas moles on the left is less than the number
on the right:

NyO4(g) = 2NO;(g)
P(NO)*
- P(N2Oy)
Assume that the volume of the container is halved, thus doubling the total pressure.
This has no effect on the value of K but causes the partial pressures of both gases to

double and so the quotient increases by a factor of 2%/2 = 2 times. It is now greater
than K and therefore some NO, reacts to form N,O, until the quotient regains the

value of the unchanged K,,. The position of equilibrium moves to the left,

Addition of an Inert gas
When pressure is increased by the addition of an inert gas at constant volume, there
1s no effect on the concentrations of the reactants or products. This 18 because the
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number of moles of the reacting species has not been altered and neither has the
volume. Concentration is the number of moles divided by the volume. As neither
hasg altered, the concentration remains the same.

The effect can also be explained in terms of K,. The mole fractions decrease because

addition of inert gas increases the number of total moles, but the total pressure
increases by the same factor, so the quotient is unaltered. Since neither the value of K

nor the value of the quotient changes, the system is still in equilibrium. The position
of equilibrium does not change, even though the pressure hag been increased.

Effect on the rate of reaching equilibrium
If the reaction is homogeneous, the rate of collision increases when the pressure is

mcreased. This causes an increase in the rates of the forward and back reactions and
s0 equilibrium is reached sooner.

This is not the case for gaseous reactions catalysed by a solid catalyst. The rate i
determined by the number of active sites on the catalyst surface, so an increase
in pressure does not alter the rate. The active sites are always occupied unless the
pressure falls to an extremely low value. A typical mechanism is:

reactant gases + free active sites & adsorbed reactants fast step
adsorbed reactants = adsorbed products slow step
adsorbed products # gaseous products + free active sites  fast step

Biological reactions catalysed by enzymes have similar mechanisms — extra substrate
does not increase the rate of the reaction, Eating a chocolate bar will not make you

run faster, but getting ‘psyched up’ will, as this causes you to produce adrenaline,
which triggers the production of more enzyme.

Effect of change of concentration of one
| species

Effect on the equilibrium constant

Altering the concentration of a reactant or product has no effect on the value of the
equilibrium constant.

Effect on the position of equilibrium
The equilibrium involving sulfur dioxide, oxygen and sulfur trioxide is represented
by the equation:

250;(g) + Oy(g) &= 250;(g)

e [S*&‘.‘h]i,l

i 12

[Soiltq[ollﬂl
The percentage conversion of sulfur dioxide to sulfur trioxide can be increased by
adding more oxygen. Addition of extra oxygen to the system in equilibrium does
not alter the value of K, but causes the quotient, @, to become smaller. Therefore, it

no longer equals K., The system reacts, making more SOs, until equality is regained.
This means that a greater proportion of sulfur dioxide is converted to sulfur trioxide.

Effect of change of concentration of one specles
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Le Chételler would predict
otherwlise but he would be

wrong!




1
Worked example

State and explain the colour change that occurs when alkali is added to a
solution containing dichromate(w) ions.

Answer
Cr,0," (aq) + H,0(1) = 2Cr0,* (aq) + 2H'(aq)
orange yellow

The addition of alkali does not alter the value of K but it removes H* ions,
making [H*] smaller. This reduces the value of the quotient, which no longer

equals K. Therefore, dichromate(vi) ions react with water to form chromate(v) ions
until the quotient once again equals K. The equilibrium position shifts to the
right, so the solution turns yellow.

Effect of adding a catalyst

e A catalyst has no effect on either the value of the equilibrium constant or the
quotient and so has no effect on the position of equilibrium.
e A catalyst speeds up both the forward and the back reactions equally. Therefore,

:E:l::afoi:}sﬂ:fr:m o equilibrium is reached more quickly.
e
(b) after the addition of alkali ~ Catalysts are used in exothermic industrial processes so that a faster rate can be

obtained at a lower temperature. For an exothermic reaction this results in an
increased vield, compared with the same reaction carried out at the same rate but at

a higher temperature in the absence of a catalyst.

The cost of heating to a high temperature can always be partially recovered by the
use of heat exchangers. High pressure is expensive, not only in the energy costs of

compression, but also in the extra cost of a plant that will withstand the high pressure.

l Industrial and pharmaceutical processes

The aim is to:

» maximise the percentage conversion of reactants to products (increase the
equilibrium yield)

¢ make this amount of product as quickly as possible (fast rate of reaction)

e keep the costs as low as possible

@ have as high an atom economy as possible

The chemical industry frequently uses a continuous flow method of production. The
reactants are added continuously at one end of the plant and the products are removed
continuously at the other, It is not truly an equilibrium system because it is not closed,
but the reactants are in the presence of the catalyst for long enough for the principles of

equilibrium to be useful when deciding on optimum conditions. This type of process
is particularly effective when gases react in the presence of a solid catalyst.

The pharmaceutical industry uses a batch process — the reactants are added
together in a reaction vessel. When the reaction is complete, the products are
separated from any catalyst, the solvent and any unused reactants, The catalyst is

often bonded to resin particles so that it can be removed easily from the reaction
mixture and re-used.
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The Haber process
The chemical reaction is:
Na(g) + 3Hy(g) = 2NH;(g)  AH = —92kJmol™
K = PONHL,
P p(Np)eg P(Ha)ey

Figure 1.1 Schematic
diagram of the Haber process.
Hydrogen and nitrogen are
mixed and compressed. The
mixture cycles through the
reaction tower over trays of
iron
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Hydrogen Nitrogen
The conditions are;

o temperature of 400°C to 450°C (673K to 723K)

e pressure of 200atm +16 -
e catalyst — iron promoted by traces of aluminium f
and potassium oxides +12 -
Effect of temperature +84
The reaction is exothermic. Any increase in
temperature reduces the value of the equilibrium +4 -
constant, K, and hence the yield. Figure 1.2 shows
how the value of anP and hence KF falls dramatically 62 o '.-’UVO 500 groni 1600
as the temperature is increased. & Temperatine/k
At first sight, it would appear that the Haber process
should be carried out at room temperature, but then the 84
rate would be so slow as to be effectively zero and almost
no product would be formed. A high temperature -12 4
would result in a low yield being achieved quickly; the
rate at a lower temperature would be so slow that the -16

reaction would not approach equilibrium. To overcome Figure 1.2 Plot of InK,, against temperature for the Haber
these problems, an iron catalyst is used. This allows the process equilibrium

Industrial and pharmaceutical processes



% converted to ammonia

0 100 200 300
Pressure/atm
Figure 1.3 Graph showing the effect of pressure on

the percentage of reactants converted to ammonia at
a temperature of 400°C

reaction to take place at a reasonable rate at a temperature of 700 K,

which 18 a compromise temperature of a reasonable vyield at an
economically acceptable rate.

Effect of pressure

At 400°C, the equilibrium constant, K, is 3.9 x 10™*atm™, so
the yield at 1atm pressure is low. Fritz Haber understood the
principles of equilibrium and realised that high pressure would
increase the yield (Figure 1.3). His co-worker, Carl Bosch,
designed apparatus that could work at 200 atm pressure.

An increase in pressure does not alter the value of the equilibrium
constant, but it causes the partial pressure expression to become
smaller. This means that K, no longer equals the partial
pressure expression (the quotient), so the gystem reacts making
more ammonia until the quotient once again equals the value
of the equilibrium constant, This means that the position of
equilibrium shifts to the right.

The rate of reaction is not altered by increasing the pressure, as the rate is controlled by
the availability of the active sites on the surface of the catalyst (see p. 177).

yersnasnnnsnnsrenvensassesnsss EVvENn under these conditions only about 30% of the hydrogen is converted to
As there are more molecules 3 mmonia. This is because the rate of reaction is still too slow for equilibrium to be

on the left-hand side of
the equation, the bottom

reached in the catalyst chamber,

liné of the partial pressure T4 phtain an economic overall yield, the ammonia is removed by cooling the gases

expression Increases more :
than the top line, This leaving the catalyst

makes the quotient, Q, unreacted nitrogen

chamber. The ammonia liquefies and is separated from the
and hydrogen, which are then recycled through the catalyst

smaller and temporarily less  chamber, In this way almost all the hydrogen is eventually converted to ammonia,

than Kp.
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The process enables

nitrogenous fertilisers to be manufactured cheaply. Haber and

The cholce of optimum Bosch were awarded the Nobel prize for their work.

conditions based on an
understanding of the

principles of kinetics and The Contact process

equilibrium |s an example of  The crucial step in the manufacture of sulfuric acid is:

250,(g) + O,(g) # 250,4(g) AH = —196k] mol™!

‘How Sclence Works',

p(so';'o)fq

KF 3 p(so.‘!}&q P{DZ)ﬁq

The

208 3098 498 558 698
Temperature/K K, at 298K = 3 x 102%atm™!

Figure 1.4 K, at 698K = 6 x 10*atm™!
0 1 Equilibrium I (Topic 11)

The conditions are;

e temperature of 425°C (698 K)
e pressure of 2atm
* catalyst — vanadium(v) oxide, V,0g

Effect of temperature

reaction is exothermic, so an increase in temperature decreases

the value of Kr'

Figure 1.4 shows how InK,, varies with temperature.



The value of K for this reaction, under the conditions of the Contact process, is
about a billion times larger than that of the reaction in the Haber process.

To ensure that the reaction is fast enough to be economic at a temperature of 698 K,
a catalyst of vanadium(v) oxide is used. A higher temperature would mean a lower

yield and a lower temperature would mean an uneconomic rate. The temperature
used is a compromise that produces a high yield quickly,

At a pressure of 2atm and a temperature of 698K, the equilibrium mixture contains
95% sulfur trioxide.

Effect of pressure
As there are more molecules on the left-hand side of the equation, an increase in
pressure would drive the equilibrium to the right.

However, the yield is high anyway and the use of high pressure i expensive in
terms of both the energy required to compress the gases and the extra cost involved
in making the plant able to withstand the high pressure.

It does not make economic sense to increase the yield 505 and O3

further by using high pressure.

However, a pressure greater than 1atm must be used
in order to drive the gases through the plant, o the air
and sulfur dioxide are compressed to about 2atm. Under
these conditions, the equilibrium yield is over 95%.

Final yield and pollution

It would be a waste of raw materials if unreacted sulfur
dioxide were released into the atmosphere and it would
also cause considerable atmospheric pollution. A higher
final yield is obtained by passing the gases from the
catalyst chamber into concentrated sulfuric acid, which
absorbs the sulfur trioxide from the equilibrium mixture.
The unreacted sulfur dioxide and air are then passed
back through another bed of catalyst where a further
05% conversion takes place. The result 18 that the gases
released into the environment contain only slight traces
of sulfur dioxide,

The gases are passed through the first catalyst bed at
a temperature of 698K (Figure 1.5). As the reaction
18 exothermic, the gases heat up to about 900K and
the conversion is only 60%. The gases are then cooled to 700K and passed back
through another bed of catalyst. The conversion is now 95% and the mixture of
sulfur trioxide, sulfur dioxide and oxygen is passed through a tower containing
concentrated sulfuric acid. The sulfur trioxide forms oleum, H;5,04, and the
remaining gased are passed through another catalyst bed. The overall conversion of
sulfur dioxide is 99.5%.

Industrial and pharmaceutical processes
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The reason for this Is the
same as for the Haber
process.

#) Heat exchanger

Dleumw'me gases

Oleum

Figure 1.5 A schematic representation of the Contact process
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The sulfur trioxide reacts
with the concentrated

sulfuric acld to form oleum,
H25207. Water |s added
carefully and sulfuric acid Is
formed.




The extraction of methane from methane hydrate

A possible future source of methane is deposits of methane hydrate (see p. 183 of
the year 1 student book). These are found either in the oceans on some continental
shelves or in permafrost in the polar regions. Methane can be extracted by bringing
the solid methane hydrate to room temperature and pressure. It has been estimated
that the total oceanic methane hydrate reservoirs contain about eight times that in
the known deposits of natural gas,

CHy6H,0(s) = CHy(g) + 6H,0(]) AH positive
It can be seen from the equation that either a reduction in pressure or an increase in

temperature will drive this equilibrium to the right, releasing methane gas from the
solid methane hydrate.

The extraction of methane from shale deposits

The shale in many deposits contains adsorbed methane. This can be extracted by
drilling down to the shale and then pumping in water and sand under high pressure,
The water forces out the methane and the sand keeps the cracks in the shale open.

Solid methane hydrate burning

Summary

® An increase in temperature of an exothermic reaction will result in a decrease in
equilibrium yield.

e An increase in temperature of an endothermic reaction will result in an increase
in equilibrium yield.

e A decrease in temperature will result in a lower rate of reaction, so a catalyst and
A compromise temperature may be used to optimise rate and yield.

e An increase in pressure will drive the equilibrium to the side of the equation with
fewer gas molecules. However, the use of high pressure 1s expensive.

o Unreacted reactants are recycled to improve the final yield, to conserve raw
materials and to reduce environmental pollution.

¢ Many industrial processes are not true equilibrium systems because the products
are removed.

Summary tasks

Make sure that you:

can define dynamic equilibrium

can write expressions for the equilibrium constant given the chemical equation
know when to include [H;O] in an expression for K,

regard [solid] in a heterogeneous equilibrium as a constant and so omit it from
expressions for K

¢ can define mole fraction and partial pressure

e @ 2 @

Make sure that you can calculate:

¢ K, and K, from experimental data
o the units of K

Make sure that you can explain the effect on K (if any) and the position of equilibrium

when:
o the temperature is altered
® the pressure is increased
¢ the concentration of a reactant or product is altered
® a catalyst is added
e 4
24
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1 K. = 40mol~'dm? at 250°C for the reaction:
PCly(g) + Cly(g) = PCls(g)

Calculate the value of K_, at 250°C, for the reaction:
PCls(g) = PCly(g) + Cly(g)

Sulfur trioxide was heated to 700°C in a vessel of
volume 10dm? and allowed to reach equilibrium:

250;(g) 7 250;(g) + Oa(g)

The equilibrium mixture was found to contain
0.035mol sulfur trioxide, 0.044 mol sulfur dioxide
and 0.022mol oxygen. Calculate the value of the
equilibrium constant, K_, at 700°C,

Partition experiments can be used to find the formula
of the deep blue ammonia/copper(i) complex ion,

100cm? of a solution of copper sulfate containing

0.010mol of Cu®*(aq) ions was added to 100cm?
of a solution of ammonia containing 0.100mol of
ammonia. The following reaction took place:

Cu**(aq) + nNH,(aq) — [Cu(NHa),)*"(aq)

This solution was shaken with 100cm® of
ethoxyethane and the dissolved ammonia became

distributed between the aqueous and the organic
layers. The partition constant of ammonia between

water and ethoxyethane is 30,
[NHj3] in water
[NH;] in ethoxyethane

The organic layer was found to have an ammonia
concentration of 0.0194 moldm™,

30

Calculate:

a) the concentration of ammonia in the aqueous
layer

b) the amount (in moles) of ammonia in each layer
and hence the total amount (in moles) of free
dissolved ammonia

| Questions

¢) the amount (in moles) of ammonia that reacted
with the copper ions

d) the ratio of reacted ammonia to copper ions and
hence the formula of the ammonia/copper(ir)

complex ion

1.00mol of methane, CJH4. and 2.00mol of steam
were mixed in a vessel of volume 10dm? and allowed
to reach equilibrium at 1200K:

CHy(g) + H,O(g) = CO(g) + 3H;(g)

Analysis of the equilibrium mixture showed that
0.25 mol of methane was present.

a) Write the expression for the equilibrium constant,
K:-U

b) Calculate the value of the equilibrium constant,
K., at a temperature of 1200K,

The ester dimethyl ethanedioate is hydrolysed by
water:

CH,00CCOOCH, + 2H,0 =
HOOCCOOH + 2CH,OH

11.8 g of dimethyl ethanedioate were mixed with
5.40g of water and allowed to reach equilibrium,
75% of the ester reacted and the total volume was
15.0ecm? Calculate the value of the equilibrium

constant, K_, at the temperature of the experiment.

> Write the expression for K, for the following

reaction:

Ha0(g) + C(s) = CO(g) + Ha(g)

7 Silver carbonate decomposes according to the

equation;

AgrCO4(8) = AgaOfs) + CO;(g)
K, = 1.48atm at 500°C

Calculate the partial pressure of carbon dioxide at
500°C.,

—
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Exam practice questions

1 a) Hydrogen is manufactured from methane
by the reaction:

CHy(g) + H,O(g) # 3H,(g) + CO(g)
AH = + 212kJmol ™!
i) The expression for K, for this reaction is:
A HLICO1 L [CH
" T[CH]] [Hz'[CO]

[H2)*[CO] p [CHdHO] a
Tpco]

[CH4|[HL0]
ii) When 1 mol of methane and 1mol
of steam were allowed to reach
equilibrium in a vessel of volume
50dm? and at a temperature T, 76% of
the methane was converted. Calculate
the value of K_ at this temperature,
Include units in your answer. (5)
b) Explain the effect on the values of the

equilibrium constant, K, and on the yield, of

an increase in:

i) pressure (3)

il) temperature (3)
(Total 12 marks)

2 a) i) Methanol, CH;OH, can be made
by passing carbon monoxide and
hydrogen over a heated zinc oxide and
chromium(1r) oxide catalyst:

CO(g) + 2H;(g) = CH;OH (g)

When 0,100 mol of carbon monoxide
and 0.300mol of hydrogen were heated
to 400°C in a vessel of volume 10dm?,
equilibrium was reached after 30% of

the carbon monoxide had reacted.
Calculate the value of the equilibrium

constant, K_. (4)
ii) The expression for K_ for the reaction

CO(g) + 2H,(g) = CH,OH(g) (1)
is:
CH4,OH
[CO®)] [Ha(g)]

[CH;OH (g)
[CO®)] [Hz(tl)]T

c [CO®)] [Ha®)]
[CH3OH(g)]

p 1CO@)] [H@)"
[CH;OH(g)]
b) K. = 1.0 at 1100K for the reaction:

CO(g) + HO(g) = CO,(g) + Hy(g)

1.5mol of carbon monoxide and 1.5mol of
stearn at 1100K are mixed with 3.0mol of
carbon dioxide and 1.0 mol of hydrogen in
a container of volume 100dm?, Calculate
whether the system is in equilibrium. If it is
not, explain in which direction the system
will move in order to reach equilibrium. (3)
(Total 8 marks)

3 a) The expression for K, for the reaction

2NO(g) + O,(g) = 2NO,(g)
is K, =
A [NO:@F
[NO(@)]? [O2()]
B INO@]* [Oa(g)]
[NO2(g)*]
c _PINOy?
PINO)*p(Oy)
p PINOY’p(Oy)
pINO,)?
b) Nitrogen and hydrogen were mixed in
a 1:3 ratio and heated to 400°C over an
iron catalyst at a pressure of 30 atm until

equilibrium was reached. 15% of the
nitrogen was converted to ammonia;

Na(g) + 3Hp(g) = 2NH,(g)

1) Write the expression for K. (1)

ii) Calculate its value under these
conditions. (6)
(Total 8 marks)




Acids were first defined in terms of their sour taste. When indicators such as litmus

were discovered, an acid was thought of as any substance that turned litmus red.

Later, the understanding of acidity led Arrhenius to define an acid as a substance

that produces an excess of H* ions in aqueous solution, This definition is limited to

Acid Bese  AQueOUS solutions ;md was extended by Lowry and Brensted to include non-agqueous
' J solvents, Their definitions of acids and bases are given below.

An acid is a substance that gives a proton (H" ion) to a base.
A base is a substance that accepts a proton (H* ion) from an acid.

" This is illustrated in Figure 2.1.
| “ For an acid-base equilibrium, the changes are:

loss of proton
gain of proton

Figure 2.1 acid =

= base

| Acid—base conjugate pairs

The reaction of an acid with a base can be written as the chemical equation:
HA + B — BH* + A~

For many acids this is a reversible reaction:
HA + B & BH" + A~

e For the left-to-right reaction, HA is the acid and B is the base,
» For the right-to-left reaction, the acid is BH* and A~ is the base.

The acid, HA, and the bagse, A", derived from it by loss of a proton, are called
an acid-conjugate base pair. The base, B, and the acid, BH", derived from it by
acceptance of a proton, are a base—conjugate acid pair,

The acid HCI reacts with the base H,O (Figure 2.2).

HCl(aq) + H,0() — Hs0*(aq) + Cl~(aq)

acid base conjugate acid conjugate base
. l—_— ]
Figure 2,2

C1” is the conjugate base of the acid HCI; the conjugate acid of the base H,O is H,O",

Ammonia is a base and reacts with water, which acts as an acid giving a proton to
the ammonia molecule (Figure 2.3).

NH4(aq) + H,O(l) s=e OH-(aq) . NH 4*(aq)
base acid conjugate base conjugate acid
%
Figure 2.3

Acld-base conjugate pairs



The relationship between conjugate pairs is:

e acid = H" — conjugate base
» base + H" — conjugate acid

T b e
Test yourself

1 Write the formula of;
a) the conjugate acid of NH4
b) the conjugate base of NH;

e = .
Worked example

" Gonjugate maans joined | Answer
together, here by the loss or See Figure 2.4,
Ino ton.
JERER praon HSO,  +  HNOy  wemmw  HNOy 4
acid base conjugate acid

Concentrated sulfuric acid reacts with concentrated nitric acid:
H1504 + HNO; o H1N03+ + HSD{
Mark the acid-base conjugate pairs,

HS0,"

conjugate baze
%

Figure 2.4
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In this reaction, nitric acld
Is acting as a base, as It Is

protonated by the sulfuric
acld, which Is a stronger

acid.

o 2 Acld-base equllibria (Toplc 12)

Table 2.1 Acid-conjugate base pairs

T

Sulfuric acld
Hydrolodic acid
Hydrabromic acld
Hydrochloric acld
Nitric acld
Hydronlum lon

Hydrogensulfate lon
Hydrofluoric acld

Ethanolc acld

Carbonic acld
Ammaonium lon

Hydrogencarbonate lon

Water

H;50,
HI

HBr
HCI

HNO3

H;0*
HSO04

HF
CH3COOH
H2CO3
NH4'"
HCO3

H,0

HS0,"
-
Brr

COa

Some acid-base conjugate pairs are listed in Table 2.1 in order of decreasing acid
strength and increasing base strength.

Hydrogensulfate lon
lodide lon

Bromide lon
Chioride lon

Nitrate lon

Water

Sultate lon

Fluoride lon
Ethanoate lon
Hydrogencarbonate lon
Ammonia
Carbonate lon

Hydroxide lon




[ —
Test yourself

2 Ethanoic acid reacts with concentrated sulfuric acid:
CH,COOH + H,50, — CH,COOH," + HSO,
Identify the acid-base conjugate pairs,

| Strong and weak acids and bases

A strong acid is an acid that is totally ionised in aqueous solution forming
hydrated hydrogen ions, H;O"

For example, hydrochloric acid, HCI(aq), is a strong acid:

HClaq) + H,;0(l) = H;0%@aq) + Cl™(aq)

A weak acid is an acid that is only very slightly ionised in aqueous solution.
For example, ethanoic acid is a weak acid:

CH;COOH(aq) + H,O(l) & H;0%(aq) + CH;COO™ (aq)
A 0.1 moldm™ solution of ethanoic acid is only 1.3% ionised.

A strong base is totally ionised in aqueous solution, forming hydroxide
ions, OH".

For example, sodium hydroxide is a strong base:
NaOH(aq) = Na*(aq) + OH (aq)

A weak base is protonated to only a small degree in solution and so only
forms a small proportion of hydroxide ions.

For example, ammonia is a weak base:

NH;(q) + H;O(l) = NH,*(aq) + OH(aq)

l Acid and base equilibrium constants

Acid dissociation constant, K,

A weak acid is in equilibrium with its conjugate base in aqueous solution. Consider
a weak acid, HA:

HA + H,O = H,0* + A"

The expression for the equilibrium constant (known in this context as the acid
dissociation constant, K ) is:

o [HyO"][A7]
ol _ |
[H,0] is not included in this expression as the concentration of water, in agqueous
solutions, is constant,

The equation for a weak acid is sometimes written as HA = H* + A~ So the
expression for K, is:
_ [H][A7]
= A
where [H*] can be regarded as being shorthand for [H,O%].

Acld and base aqullibrium constants

Tip

Do not say that a weak
acid is only partially
jonised because this could
mean that the ionisation is
considerable but less than
complete. Even HF, which
is one of the strongest
‘weak’ acids, is only 5.7%
jonised in a 0.1 mol dm™
solution.

—
Tip
State symbols nead not

be written in equations
in this topic, as all the

substances are in solution,

Tip
Never include [H;0] in the
expression for K.




Base dissociation constant, Ky

An aqueous solution of a weak base is in equilibrium with its conjugate acid, for
example:

NH; + H,O &= NH,* + OH"

The expression for the base dissociation constant, K, is:
[NH,'[OH]
Kh - —rr—
[NH;) |
As with weak acids, [H;O] i1s omitted from the expression because its value is
constant in aqueous equilibria involving weak bases,

§ Auto-ionisation of water and the pH scale

Water is amphoteric. It can act as either a base, as in its reaction with hydrogen
chloride, or as an acid, as in its reaction with ammonia,

The amphoteric nature of water is even evident in the absence of another
acid or base. One molecule of water can protonate another molecule of water

(Figure 2.5).

H20 + H20 - HsO* * OH-
acid base conjugate acid conjugate base
Figure 2.5

The equilibrium constant for this reaction is given the symbol K. The equilibrium
expression does not include the term [H;O] because its value is constant,

K, = [H;0"][OH]
This is often written as K, = [H*][OH~].
K, isalso called the lonic product of water. Its value at 25°C is 1.0 x 10" mol?dm~¢,

In any aqueous solution at 25°C the value of [H"] x [OH] always equals K, the
value of which is 1.0 x 107 mol2dm~*,

Thus: ”
1.0 x 107
[OH] = [H*]
For an acidic solution containing 1.0 % 10™*moldm™ of H*(aq) ions:
1.0 x 10714

[OH7] = T5x10-7 = 1.0 X 10 " moldm™

pH scale

Hydrogen ion concentration varies over a huge range of values (by a factor of about
a trillion), so a logarithmic scale of measurement was devised. To avoid negative
numbers in most cases, the scale was defined as:

pH = —log,,[H*] (this is often written as —log[H*] or —1g[H*])
Hence:

[HY] = 10FH

@ 2 Acld-base equilibria (Toplc 12)



pH equals the negative logarithm to the base 10 of the hydrogen ion
(hydronium ion) concentration.

In practice, the pH scale runs from about —1 to just over 14,

“Worked example
Calculate the pH of a solution in which [H*] is equal to:
1) 10mol dm-3 d)1.23 x 10-*mol dm-3
b) 1.0moldm™? 0)4.56 x 10" moldm™3
¢) 0,10 moldm-3 f) 7.89 x 10-15moldm-3
Answer
a) pH = ~log 10 = -1.00 d)pH = ~log1.23 x 10-4 = 3,01
b) pH = ~log1.0 = 0,00 e)pH = ~log 4.56 x 10-7 = 8.34
¢) pH = =log 0.10 = 1.00 f) pH = ~log 7.89 x 10-15 = 14,10

The hydrogen ion concentration can be calculated from the pH, using the expression:
[H*] = 107

L ______ ]
Worked example

Calculate the hydrogen ion concentration in solutions of pH:
a) 3.50 h) 7.00 e) 12.85

Answer

a) [H*] = 10380 = 3,18 x 10~*mol dm-*2
b)[H*] = 10799 = 1.0 x 10-"moldm-3

¢) [H*] = 10-1285 = 1 41 x 10-*3moldm-3

R A e e s e e e e R ———————
Test yourself

3 Calculate the concentration of hydrogen ions in solutions of pH = 13.67,

Neutrality

A neutral solution is one in which the concentrations of HY and OH™ ions are the
samme;

K, = [H[OH7] = 1.0 X 107" mol*dm™® at 25°C
[H'] = [OHT]
[H*]? = 1.0 x 1074 o [HY] = V1.0 x 1077 = 1.0 x 10~"moldm™>
pH = =log 1.0 x 107 = 7.00
In all aqueous solutions at 25°C, [H*] x [OH] = 1.0 x 10~}

An acidic solution has [H*] = [OH"]. Therefore [H*] = 1.0 % 1077 and the solution
has pH < 7.

Auto-lonisation of water and the pH scale

Tip

You should report all pH
values to two decimal
places.
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The neutral value of 7 Is

only true when the solution
Is at 25°C,
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Note how even In very acldic
solutions there are some
OH"™ lons present.

An alkaline solution has [H*] < [OH™]. Therefore [H*] < 1.0 % 1077 and the solution
has pH > 7.

At 25°C: neutral pH = 7; acidic pH < 7; alkaline pH > 7.

The ionisation of water is endothermic, so the value of K, increases with temperature,
At 37°C (normal blood temperature), the value of K, is 2.4 X 10" mol*dm™®, hence:

[H'] =v2.4 x 107* = 1.549 x 107" moldm™
neutral pH at 37°C = —log;(1.549 x 1077) = 6.81
At 100°C K, = 5.13 % 10" mol?>dm~8, Therefore at 100°C, neutral pH is 6.14,

pKy, POH and pK,
The prefix 'p’, in this context, means ‘the negative log of".
pk,, = —logk,,
At 25°C, pK,, = =log (1.0 x 107" = 14,0
pOH = =log[OH]
As K, = [H*][OH"] and since log (@ % b) = loga + logb:
log K, = log [H*] + log [OH"]
pK, = pH + pOH
At 25°C: pH + pOH = 14 and pOH = 14 - pH

Worked example
Calculate the concentration of hydroxide ions in a solution of pH 1,23,
Answer 1
Method 1, which uses pH + pOH = 14,
pOH=14-pH=14~-123=1277
[OH]=10"127"=170 = 107" moldm™
Answer 2 K
Method 2, which uses [OH"] = IW:T
[H']=10"1*=0.0589 moldm*

._ 1,00 x 107" o P
[OH ] = ~55ezs— = 1.70 x 10 moldm

_

Test yourself
4 Calculate:
a) the [OH-] of a solution with [H*] = 3.3 x 10-** moldm-3

b) the pH of a solution in which [OH-] = 6.6 x 10-?moldm-3

0 2 Acld-base equilibria (Toplc 12)



The acid dissociation constant, K, and pK, are related by the expression:

pK, = -logK, or K =105

Worked example

n) Calculate the value of K, of a weak acid with pK; = 5.45.
h) Calculate the value of pK, of a weak acid with K; = 2.17 x 10-® mol dm-3.

Answer
a) Ky = 10-PKa = 10-6:46 = 3,55 x 10-¢ mol dm-3

b) pK, = ~log K, = ~log (2.17 x 10-6) = 5,66

| The pH of acids, bases and salts

The pH of strong acids

A strong acid, such as nitric acid, HNO,, is totally ionised in aqueous solution.
Thus, for example, a nitric acid solution of concentration 0.123moldm™ has a
hydrogen ion concentration of 0,123 moldm™,

pH = =log0.123 = 0.91

S ———————
Worked example 1

Calculate the pH of a solution of HCI made by dissolving 4.56 g of hydrogen
chloride, HCI (or 3.00dm?® of HCI gas where the molar volume of a gas under
these conditions is 24.0dm?mol-1) in water and making the solution up to a

volume of 250cm°®.

Answer
4.56;

36.5gmol !
(or —3.00dm* 195 m0)
24.0 dm’ mol !
_ mol _ 0.125mol
= Sotume ~ 0,250’
pH =-log0.500 = 0.30

amount of HCl = =0.125mol

= 0.500moldm

e Rl
Worked example 2 T_I;l
)
Calculate the pH of a 2.00 moldm™ solution of hydrochloric acid. Note that if a strong
Answer acid has a concentration
U -3 greater than
[H'] =2.00moldm 1,00 mol dm-3, it will have
pH =-log2.00=-0.30 a negative pH.

The pH of aclds, bases and salts



Tip

You should always check
your calculation of pH to
ensure it makes sense,
An acid solution at 208K
cannot have a pH > 7; an
alkaline solution cannot
have a pH < 7. If you have
obtained an impossible
answer as a result of a
calculation, then you should
do the calculation again.

The pH of strong bases

A strong base is totally ionised in aqueous solution. For example, a solution of a

soluble base MOH of concentration 0,123 mol dm™ has a hydroxide ion concentration
of 0.123moldm™3,

A solution of a strong base M(OH), of concentration 0.123moldm™ has a hydroxide ion
concentration of 0,246 moldm™, as there are two moles of OH™ ions per mole of base.

The pH can be worked out in one of two ways,

Method 1
Uging the expression pH + pOH = 14, calculate pOH and hence pH,

If [OH™] = 0.123moldm™:
pOH = ~log|[OH"] = =log0.123 = 0.91
pH =14 = pOH = 14 - 091 = 13.09

Method 2
Using the expression [H*] x [OHT] = 1.0 x 107" mol*dm™, calculate [H*] and
hence the pH.

In the example above:
[OH7] = 0.123moldm™

[HY] = L0 X 107 = 1.0 x 10™ = 8 13 x 10"“moldm™>
[OH"] 0.123

pH = —log[H*] = ~log8.13 x 107 = 13,00

Worked example

Calculate the pH of a 0.0444 moldm-2 solution of barium hydroxide, Ba(OH),.

Answer using method 1
1 mol of Ba(OH), produces 2 mol of OH- ions.

[OH] =2 x 0.0444 = 0.0888 moldm™*
pOH =~log 0.0888 = 1.05
pH=14-pOH=14-105=1295

Answer using method 2

1 mol of Ba(OH); produces 2 mol of OH- ions.
[OH]=2 x 0.0444 = 0.0888 moldm™*

1.0 x 10714
0.0888

pH=-log[H"] =-logl.13 x 10""* = 12.95

[HY] = =113 x 1071

[
Test yourself

5 Calculate the pH of 0.200moldm=? lithium hydroxide, LIOH, which is a
strong base,

0 2 Acld-base equilibria (Toplc 12)



The pH of weak acids
A weak acid is in equilibrium with its conjugate base:
HA + H,O & H;0" + A”

The rates of the forward and back reactions are so rapid, that the system is always in
equilibrium. The equilibrium constant (the acid dissociation constant, K,) is given by:

- [H3O"[A"]
ATy
The reaction is sometimes simplified to:
HA+= H*+ A~
o - HIAT
U [HA]

[H,O] is omitted from these expressions, as its concentration is effectively constant.

The pH of a solution of a weak acid can be calculated using the same method ag for
K, calculations,

Consider a 0.10moldm™ golution of a weak acid with K, = 1.0 X 10" *moldm™, Let
xmol of HA ionise per dm?;

—II__

Initlal concentration 0.10
Equilibrium concentration 010 =% X X
O*[A-
K, = ELOTIAT __ 2 _ 1.0 x105moldm=

HA] 010 -«
This can be solved only by using the formula for a quadratic equation, which 1s

outside the A level chemistry specification. However, for most weak acids even in
very dilute solutions, the percentage ionisation 15 less than 5%. This means that the

value of x is much less than the initial concentration of the weak acid, and so the
term (0.10 = x) can be approximated to 0.10. The value of x can now be solved

easily:

ad
=10 % 10~
o nax1
x=y{1.0x 107° x 0.10 = 1.0 x 10" moldm™
Thus,

[H;0% = 1.0 x 10" moldm™
pH = =log 1.0 x 107* = 3,000
In calculations involving weak acids, the following assumptions are made:

o [H30%) = [A7] (because there is no other source of A™ ions)
o [HA] at equilibrium 1s equal to the concentration of the acid HA given in the

question, which is also called [HA],,;;a (only about 1% of the weak acid molecules
are ionised, so this is a fair assumption)

The pH of aclds, bases and salts
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Tip
In A level answers either
expression for K, is
acceptable, unless an
equation given in the
question has H;0* on the
right-hand side, in which
case [Hy0*] must be used.

Tip

You should check that the
approximation is fair. Look

at the value of x that you
have calculated and check

that it is small compared
with the initial value of

[HA]. In this example, the

value of x is 0,0010, This is
small compared with 0.10,

as x is only 1% of [HA].

bdhbwbb v vddbAAd AR AR

A leve| students studying
maths can use the formula

for quadratic equations. This
gives the pH = 3,002 which

to 2 decimal places Is the
same,




Tip

The subscript in [weak
acid]ynyg is the value as

if none of the acid had
dissociated. It is the value
given in the question,

Tip

Always use the equilibrium
constant expression in
these and buffer solution
calculations. It is safer
than trying to remember

a formula such as pH =
%pl(, - %Iagc (where ¢ =
the concentration of the
acid).
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The smaller the value of
Kg, the weaker Is the acid.

Thus, the larger the value of
pKa, the weaker Is the acid.

These assumptions allow the expression for K, to be simplified:
_ [H0")[AT] _ [HyO')?
Y [HA]  [HAJ
This simplified expression can be used to calculate the pH of a gsolution of a weak
acid, given its concentration and the value of K,,

T T T ——————— |
Worked example

Calculate the pH of a 0.135mol dm™ solution of ethanoic acid. (K, for ethanoic
acid = 1.8 x 10-5moldm-? at 25°C)

Answer
Ethanoic acid ionises in water:

CH,COOH + H,0 = H,0" + CH,C00"
_ [H,0")[CH,C00"]
*= " [CH,COOH]
_[HO
0.135
=1.8 » 10~ moldm™?
[H,0')=0.135 » 1.8 x 10"
=2.43 x 10" mol’dm "
[H,0'] =243 x 1079
= 0.00156 mol dm™?
pH = —log[H,0'] = -log 0.00156 = 2.81

Some questions give the pK, value of the weak acid. In this case, pK, must be
converted to K,

K. — I_G'le
For example, pK, for methanoic acid = 3.75.
K =107 =178 x 10"*moldm™

The strengths of some weak acids are shown in Table 2.2,

Table 2.2 Acid dissociation constants, K;, and the pK, values of some weak acids

Inorganic acids

Hydrogensulfate ion, HS0~ 2.0 0.010
Hydrogen fluoride, HF 3.26 5,66 x 104
Carbonio acid, H,CO, 6.38 447 x 107
Ammonium ion, NH,* 0.26 5.62 x10-10
Hydrogen cyanide, HCN 9.40 3.08 x 1010
Hydrogencarbonate ion, HCO,~ 10.32 4.79 x10-14
Organic acids

Methanoio, HCOOH 3.76 1.78 x 104
Ethanoic, CH,COO0H 4.76 1.76 x10-8
Chloroethanoic, CICHzCO0H 2,86 1.32 x 102
Propanoie, C;H,CO0H 4.86 1.39 x 10-8

o 2 Acld-base equilibria (Toplc 12)



Weak acids have K, < 1 and pK, = 0.

For organic acids where the hydrogen is bonded to oxygen, the relative strength
depends on how &+ the hydrogen of the O—H group is. The CH, group is electron
pushing and so the O—H hydrogen in ethanoic acid is less 6+ than in methanoic acid
and so it is a weaker acid than methanoic acid.
_
Test yourself

6 Propanoic acid is a weak acid with K; = 1.35 x 10-*moldm=-3. A solution of

the acid has a pH = 3.09, Calculate the concentration of the propanoic acid in
the solution.

Diprotic acids
Sulfuric acid, H,80), is only a strong acid in its first ionisation:
H,SO,— H" + HSO,~

The second ionisation is weak and is suppressed by the H* ions from the first
lonisation:

HSO,” &= H* + 50"

So, a solution of sulfuric acid of concentration 0.10moldm™ has [H*] of just above

0.10moldm™, not 0.20 moldm™ and hence its pH is very slightly less than 1,00, To
an accuracy of one decimal place, the second ionisation can be ignored.

o R e e e
Extension for those doing A level maths

For 0.10moldm™? sulfuric acid, the first ionisation is complete and the second
partial, with K3 = 0.010moldm-3,

HySO4 = HY + HS0,~
Concentrations/moldm=3 0 0.1 0.1
then... HSO4~ =H+ + 50,2
Concentrations/ moldm=3  010-x 0.10+Xx X
1[SO, 0.10 +2
B0 flg il B T 1

- [HSO,] (0.10-x)
0.0010 - 0.010x = 0.10x + x*

x*+0.11x-0.0010=0
Solving for x gives:

- & - '
o= 01l vo.nT(at X=0.0010) _ o 10344

[H']=0.10 + 0.00844 = 0.1084mol dm
pH =-log0.1084 = 0.96

To one decimal place the pH of 0.10moldm=2 H,S0, is 1.0, To two decimal
places the pH is 0,.96.

The pH of aclds, bases and salts
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lonisations
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Note how the pH of a
solution of a weak acld

or a weak base differs by
approximately two from that

of a strong acld or base (the
rule of two — see p. 51.)
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Note that the pH of an acld
Increases as It Is dlluted;
the pH of a base decreases
as It 1s dliuted.

Solutions of equal concentration

The pH of 0.10moldm™ solutions of a number of acids, bases and salts are shown
in Table 2.3,

Table 2.3 The pH of 0.1 moldm™? solutions of some acids, bases and salts

Strong acld 1.0 Salt of strong acld and strong base

(e.g. HCI) (e.g. NaCl)

Weak acld (e.g. 2.9 Salt of a strong acld and weak base 5.1
CH3COOH) (8.8 NH,4CI)

Strong base 13.0 Salt of a weak acld and a strong base 8.9
(e.g. NaOH) (e.8. CH3COONa)

Weak base 11.1 Salt of a weak acld and weak base 7.0
(e.g. NH3) (6.8, CH3COONH,)

Dilution of solutions
The pH values resulting from diluting solutions of strong and weak acids and bases
by factors of ten are shown in Table 2.4,

Table 2.4 Effect on pH of dilution

00ncentratlon/ pH of a pH of a solution | pH of a solution | pH of a
: soiution of HCI | 9fCHACOOR | solution of NHa
0.1 1 13 2.9 11.1

0.01 2 12 3.4 10.6

0.001 3 11 3.9 101

0.0001 4 10 4.4 0.6

When strong acids or strong bases are diluted, the pH changes by 1 unit for each
ten-fold dilution.

When weak acids or weak bases are diluted, the pH changes by half a unit for each
ten-fold dilution.

p e
Test yourself

7 Calculate the pH of a 2.0moldm-2 solution of nitric acid, HNOs, and its pH
when it is diluted 100 times,

Calculation of K, from experimental clata
The pH of a solution can be measured using a pH meter (p. 101). If the pH and mass

of a weak acid dissolved in a known amount of water are known, the value of its acid
dissociation constant, K,, can be calculated.

o 2 Acld-base equllibria (Toplc 12)



Worked example

A solution of propanoic acid, M, = 7Tdgmol-1, was made by dissolving 3.7 g of the

acid in water and making the solution up to 250cm?®. This solution had & pH of
2,78, Calculate the value of its acid dissociation constant, K.

Answer
amount (moles) of propanoic acid taken = 3.7 g/74 gmol ' = 0.050 mol

initial concentration of propanoic acid, [C;H:COOH a1, = 0.050mol/0.250 dm* =
0.200mol dm

Propanoic acid ionises according to the equilibrium:
C,H;COOH = H'+ C,H,CO0O"
pH = 2,78, so [H*] = 10-%78 = 0,00166 mol dm~-3

¢ - [HICHC00])
(C,H;COOH]J;siu
[H"'Jl
g EEJTSCE 63 i]iniﬁll
0.00166°
0.200

=1.38 x 10*moldm™*

In the worked example above, the approximation:
[C2HsCOOH],q = [C2Hs COOHJip401a

need not have been made, The question gives the solution pH of 2.78, so [H*] = 107278
= (0,00166 moldm™, Therefore, 0.00166 moldm™ of acid must have dissociated,
leaving [CaHgCOOH] = 0.200 = 0.00166 = 0.19834moldm™, This difference
19 so small that the true value of K, obtained without using the approximation
is 1,39 x 10" moldm™, which is hardly any different from that calculated using
the approximation. However, with weak acids such as HF and HNO,, which are
stronger than propanoic acid, the approximation should not be made.

e ——— e}
Worked example

The pH of a 0.100mol dm=? solution of hydrofiuoric acid, HF, was found to be 2,14,
Calculate the value of the acid dissociation constant, K, of hydrofluoric acid.

Answer
[H1=10H=10"%14=0.00724mol dm™*

(H]=[F]

0.00724 moldm=? of H* ions were produced, so 0.00724 mol of HF must have
dissociated.

[HF] = [original] — [amount dissociated] = (0.100 = 0.00724) = 0.0928 mol dm

_ [H'][F] _ 000724 _ y 4
K== ooz~ 505 * 10" moldm

The pH of aclds, bases and salts |

Tip

Note that in this worked
example the simplified
equilibrium equation was
written, with H* being used
instead of Hy0*. Both are
acceptable.
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[CoHsCOOH]inial = the
concentration as glven In
the question




In the worked example above, if the approximation:
[HF] = [original acid] = 0.100moldm™

had been made, the value of K, would have been 5.24 x 10™*moldm™,

The pH of weak bases

A weak base is partially protonated in water. Ammonia is an example of a weak base:
NH; + H,O = NH,* + OH™
_ [NH,J[OH"]

[INH;]
As with weak acids, the term [H,O] is omitted, as its value is constant.

K

The same type of assumptions can be made as with weak acids:
[INH,"] = [OHT] and [NH3],; = [NH3};ui

Thus:
[OH"P

~ [NH;]
[OHT]? = K, % [NH;]

The value of K, for ammonia at 25°C = 1.78 x 10 moldm™, so the pH of a
0.100 moldm? ammonia solution can be calculated:

[OHT] = VK} X [NH;] = y1.78 x 10 ° ¥ 0.100 = 0,00133moldm™
pOH = ~log [OH] = ~log 0,00133 = 2.88
pH = 14 — pOH = 14 — 2.88 = 11,12

The strengths of some weak bases are shown in Table 2.5.

K,

Table 2.5 Dissociation constants, K, and the pK; values of some weak bases

Ky/molgm3 [ pk

Ammonla, NH3 1.78 x 105 4.75
Cyanide lon, CN- 2,61 x 10-5 4.60
Ethanoate lon, CH3C00~ 5.75 x 10-10 9.24

Salts of weak bases

The cations in the salts of weak bases are their conjugate acids. For example, the
ammonium ion, NH,", is the conjugate acid of the weak base ammonia, NH,.

A solution of ammonium chloride is totally ionised:
NH*C] — NH4+ + C1”

0 2 Acld-base equilibria (Toplc 12)



The ammonium ions act as an acid, reacting reversibly with water to produce H,O*
ions, which make the solution acidic.

NH," + H,0 & H,0" + NH,
- [H1O*][NH,]
g [NH,"]

As the K, for NH,* = 5.62 x 107" moldm™ and using the usual assumptions for a
weak acid:

[H;0%? = K, % [weak acid] = K, x [NH*]

For a 0.10moldm™ solution of ammonium chloride:
[H;0%] = v5.62 x 10710 x 0,10 = 7.50 x 10~¢moldm™?
pH = =log[H,O+] = =log7.50 x 107% = 5.13

The pH 15 less than 7, so the solution is acidic.

Salts of weak acids

The anions in the salts of weak acids are their conjugate bases. For example, the
ethanoate ion in sodium ethanoate is the conjugate base of ethanoic acid, which is

a weak acid.
Sodium ethanoate is totally ionised:
CH;COONa — CH;COO™ + Na*
The CH;COO™ ions react reversibly with water:
CH,COO™ + H,0O = CH3;COOH + OH™
The formation of OH™ ions makes the solution alkaline,
_ [CH,COOH][OH"]

[CH,COOT]
The value of K, of a conjugate base can be found by using the formula:

K% =k,
K, for ethanoic acid = 1.75 x 105 moldm™?

S0

1.0 x 10714
1.75 % 107°
The pH of a 0.10moldm™ solution of sodium ethanoate can be calculated:

[OH™]2 = K, [CH;CO07]
[OH"] = ¥5.71 x 10710 x 0,10 = 7.56 x 10™%moldm™>
pOH = —log [OH™] = ~log 7.56 x 107¢ = 5,12
pH =14 -~ pOH = 14 - 5,12 = 8.88

= 5§71 x 10" moldm™

K, for the ethanoate ion =

The pH is greater than 7, so the solution is alkaline.

The pH of aclds, bases and salts

Tip

Remember that a solution
is acidic if [H*] or [H307)
> [OH"). A neutral solution
becomes acidic if H* ions

are produced. NH;* ions
produce H* ions and so

the solution has a pH < 7.

1ip
Salts of weak bases and

strong acids are slightly

acidic, so have a pH less
than 7. Salts of weak acids

and strong bases are

slightly alkaline, so have a
pH greater than 7.
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The reaction NaCl + Hz0 —
HCI + NaOH does not occur,

In fact, the reverse reaction

goes to completion,

(——r
Tip
Do not state that a buffer
has constant pH. A buffer
solution resists the
change in pH when small
amounts of H" or OH™ ions
are added. It does not
completely remove all the
added H* or OH" ions.
Therefore, the pH does
change, but only very
slightly.

The weaker the acid, the stronger is its anion as a conjugate base, and the more
alkaline is the solution of its salt. For example, carbonic acid, H,CO;, is a weaker
acid than ethanoic acid, o a solution of its conjugate base sodium carbonate has a
higher pH than a solution of sodium ethanoate.

e
Test yourself
8 Write the equation for the reaction of water with:

a) NH;* ions

b) CN-ions

c) State whether their solutions would be neutral, acidic or alkaline.

Salts of strong acids and strong bases

The conjugate base of a strong acid, such as HCI, is too weak to react with water.
Similarly, the conjugate acid of a strong base does not react, so the salts of strong

acids and strong bases dissolve in water without any reaction taking place. Their
solutions are neutral, pH7.

C1™ + H;0 — no reaction
Na* + H30 — no reaction

Universal indicator in various salt solutions (left to right: ammonium chloride, sodium chloride,
sodium ethanoate and sodium carbonate)

Buffer solutions

A buffer solution is one that resists a change in pH when a small amount
of acid or base is added.

An acid buffer solution consists of a mixture of a weak acid and its conjugate base
of similar concentration — for example, the weak acid ethanoic acid, CH;COOH,
and its salt sodium ethanoate, CH,COONa,

An alkaline buffer solution consists of a weak base and its conjugate acid of
similar concentration — for example, the weak base ammonia, NHj, and its salt
ammonium chloride, NH,CL

The crucial points are that the members of the acid-base conjugate pair must be at a
similar concentration, which should be not less than 0.05moldm™3, The difference

in their concentrations should not be more than a factor of ten.

o 2 Acld-base equilibria (Toplc 12)



Blood plasma has a pH of 7.4 and acts as a buffer solution. The pH is maintained

mainly by the mixture of carbonic acid and hydrogencarbonate ions, Inside the red
blood cells, the pH is 7.25, Here, the buffer is also carbonic acid-hydrogencarbonate
iong, but haemoglobin molecules are themselves acidic and lower the pH.

It is important that the pH of blood plasma and of the fluid inside the blood cells
does not alter significantly. If the pH changes inside a haemoglobin cell, its ability to
absorb oxygen is altered. Ifa person hyperventilates, carbon dioxide is removed from
the blood plasma and the pH alters, which causes the person to become unconscious.

Some foods are buffered to prevent deterioration. Decay due to bacteria may release

acids, which, in the absence of a buffer, would result in a pH change that would
cause the food to deteriorate,

Mode of action of a buffer solution

Consider a buffer solution made of a weak acid, HA, and its sodium salt, NaA. The
salt is totally ionised:

NaA — Na*t + A”
The weak acid is only slightly ionised:
HA= H' + A”

Its 1onisation is suppressed by the A™ ions from the totally ionised salt, thus [A7] = [salt]
and [HA] = [weak acid]:

| T "The acid produces &
: [HA] [weak acid] reservolr of HA molecules

and the salt produces a

A buffer solution maintaing a nearly constant pH because the reservoirs of both the oo 010 v A= 1ons.

weak acid, HA, and its conjugate base, A™, are large relative to the small amount of
H* or OH™ added.

When a small amount of H" ions is added, the ions react with the relatively large
reservoir of A” ions from the salt:

H" + A~ — HA
The value of [A™] decreases slightly and that of [HA] increases slightly, but these ™' "t L bs own 16
changes are ingignificant in relation to the original values of [A7] (from the totally  not a buffer as (A-] Is very
ionised salt) and of [HA] (from the almost unionised weak acid), which remain  small. When H* or OH" Is
virtually unchanged, Nothing has changed significantly in the expression for K,, 8@dded, the change In [A7] Is
so the hydrogen ion concentration and hence the pH will not change significantly, ~ Signimeant.

When a small amount of OH™ ions is added, the ions react with the relatively large
reservoir of HA molecules of the weak acid:

OH™ + HA — H,O + A”

The value of [A7] increases slightly and that of [HA] decreases slightly, but these
changes are insignificant in relation to the original values of [A”] and [HA], which
remain virtually unchanged. Nothing has changed significantly in the expression
for K,, so the hydrogen ion concentration and hence the pH will not change greatly.

[ —
Tip

The addition of OH" jons can also be explained by stating that they drive the equilibrium

HA == H* + A” to the right, by removal of the H* ions. This causes an increase in [A”]. However,
the increase is not significant because of the relatively large value of [A”] from the salt. [HA]

also decreases slightly, but also by an insignificant amount. Therefore, the pH hardly changes.

Buffer solutions




Table 2.6
Volume of
0.20 moldm-3
HCI added
0 4.76
B 4,76
10 4.77
15 4,77
20 4.78
[
Tip
In the calculation of the
pH of a weak acid, the
assumption was made that
[H*] = [A”]. This is true
only when the sole source

of A” ions is the weak
acid. In a buffer solution

this is not true because

A" ions are formed from
the complete ionisation of

the salt.

The mode of action of a buffer can be summarised as follows:

e The salt is fully ionised, so suppresses the ionisation of the weak acid.

¢ The amounts of the weak acid and its conjugate base are large relative to the small
additions of H* or OH",

» H' ions are removed by reaction with the conjugate base: H" + A~ — HA

# OH~ ions are removed by reaction with the weak acid: OH™ + HA — H,0 + A~

» Because [weak acid] and [salt] are large relative to the added H" or OH™ ions,
there is no significant change in pH.

Efficiency of a buffer solution

This can be tested by adding 0.10moldm™ hydrochloric acid in 5¢m® portions
to 100cm? of a buffer solution made by dissolving 0.1 mol of sodium ethanoate in
100cm? of 1.0moldm™ ethanoic acid solution and measuring the pH after each
addition. The results are shown in Table 2.6,

Test yourself

9 Which of the following mixtures are buffer solutions and which are not?
a) hydrochloric acid and excess ammonia
b) equal amounts of hydrochloric acid and sodium chloride
¢) sodium hydroxide and excess ethanoic acid

Calculation of the pH of a buffer solution

Congider a buffer solution made up of a weak acid, HA, and its sodium salt, NaA.
The salt is totally ionised:

NaA — Na*t + A~
The weak acid is only slightly ionised:

= H* + A- - HIAT
HARH' +A™ K= —pn

lonisation of the weak acid is suppressed by the A™ ions from the totally ionised salt.

This means that both [HA] and [A7] are fairly large and both are much larger than
[H*]. The following assumptions can be made:

¢ The number of A™ ions from the totally ionised salt is much greater than the
few A” ions from the weak acid, so it can be assumed that [A7] = [salt] (the
concentration of salt originally present).

® The ionisation of the weak acid is so suppressed that [HA] = [weak acid] (the
concentration of weak acid originally present).

The equilibrium expression can, therefore, be simplified:

[H][AT) _ _[H"][sal]
[HA]  [weak acid]

K, =

So;
K,[weak acid]
[salt]

The pH of a buffer solution can be calculated given K, for the weak acid and the
concentrations or amounts of the weak acid and its salt,

[H'] =

o 2 Acld-base equilibria (Toplc 12)
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Worked example 1

Calculate the pH of a buffer solution made by adding 50 cm?2 of 0.100 moldm-3

ethanoic acid to 50cm? of 0,200 moldm™2 sodium ethanoate. (K, for ethanoic
acid = 1.80 x 10-5*moldm-9)

Answer
CH,COONa — CH,COO" + Na*
CH;COOH = H' + CH,CO0"
1 o f P L L T L T Ty e
= I OO i e Note that mixing the two
[CH;COOH]  [weak acid] solutions doubles the

total volume. Therafore,

e oT -4
K,=1.80 » 10 "moldm the concentration of the

[weak acid] _ . 0.0500 weak acld was halved
(H]=K, * [salf] =180 %107 x 0.100 from 0,100 moldm=? to
=0.00 x 10-6mol dm-? 0.0500 moldm-3 and that
: e of the salt was halved
H = -loz[H"] = =loz (0.00 = 10°%) = 5.05 from 0.200moldm~? to
¥ ElH] e ) 0.100 moldm=3,

Extra care must be taken when both the volume and the concentration of the acid
and of the salt are different.

OO TR ——R T,
Worked example 2

Calculate the pH of a solution made by mixing 30em? of a 0,120 mol dm™
solution of benzoic acid with 20em? of a 0.20 moldm~? solution of sodium

benzoate, (K, for benzoic acid = 6,31 x 10~ moldm—9)

Answer
amount (moles) of acid = 0.10moldm™* x 0.030dm* = 0.0030mol

[acid] = %5208 = 0,060 mol dum?

amount (moles) of salt = 0.20moldm™ % 0.020dm’ = 0.0040 mol
o 0.0040mol _ . 5
[zalt] = 0050dm’ - 0.080 mol dm
g, < [HUAT_ [H]fsalg
[HA]  [weak acid]

[H'] =K, » I%l= 6.31 x 107 % =473 » 10 moldm™

pH =-log[H'] =-log4.73 = 1079) =432

A more complicated calculation involving buffers arises when an excess of weak acid
18 mixed with a strong alkali. All the alkali reacts with some of the acid, forming a
salt of the weak acid and, therefore, creating a buffer solution. The amount of salt
formed is equal to the amount of alkali. The total volume of the solution is the sum
of the volumes of the two solutions that were mixed,

Buffer solutions
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It Is dangerous to use the
Henderson-Hasselbalch
formula when calculating the
pH of a buffer solution;

H = pKg + 10 ( it
i € \[weak acia]
because It Is often
mis-remembered,

_
Worked example 3

Calculate the pH of a buffer solution made by mixing 60 cm? of 0.20 moldm-23

ethanoic acid solution with 40cm? of sodium hydroxide solution of concentration
0.10 moldm=3, (K, for ethanoic acid = 1.80 x 10-5moldm-3)

Answer
amount of alkali taken = 0.10 = 0.040 = 0.0040 mol = amount of salt formed

amount of acid taken = 0,20 = 0,060 = 0.012 mol
amount of acid left =0.012 = 0.0040 = 0.0080 mol

total volume = 100 cm?

_ 0.0040 _ 3
[salf] = 5% = 0,040 mol dm

[weak acid] = % = 0.080moldm"?

CH,COONa — CH,COO" + Na'

CH,COOH = H' + CH,CO0"
X [H*][CH:;COU’] _ [H'][salf]
" T[CH,COOH] [weak acid]
=1.80 « 10" moldm™

[weak acid] s 0.0080
[H'] =X, T 1.8 x 107% x e
=36 x 10" moldm*

pH = —log[H'] = -log(3.6 x 107%) =4.44

K,

Yommm—

Tip

Always start the calculation of the pH of a buffer solution and also of a weak acid with the
expression for the equilibrium constant. Then make the assumptions:

« for a buffer solution: [HA] = [weak acld] and [A"] = [salt]
« for a solution of a weak acld: [HA] = [weak acld] and [H*] = [A7]

Calculation of the composition of a buffer solution

Calculation of the composition of a buffer solution requires the use of the expression
for K,. There are two types of calculation. In the first, the amount of solid salt has

to be calculated.

o Ve e e
Worked example

Calculate the mass of sodium ethanoate, CH;COONa, that has to be added to
100em? of a 1.00moldm=? solution of ethanoic acid to make a buffer solution

of pH = 4,38. (K, for ethanoic acid = 1.8 x 10-*moldm-3)

o 2 Acld-base equilibria (Toplc 12)
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Answer
[H']=10PH = 10743 =417 = 10" moldm™
[H')[CH,COO]  [H'][sal] y "
[CH,COOH] _ [weakacid] _ © * 10" moldm
e [ﬂ&&k 3@1_ 1.8 = 1079 = 1.00
b=k - a0
molar mass of CH;COONa =12+ 3+ 12+ (2 x 16) + 23 =82 gmol"!

=0.432moldm™*

mass of sodium ethanoate required for 1 dm* = 0.432 mol x 82gmol ' =35¢

mass for 100cm? of solution=3.5¢

In the second type of calculation, the volumes of the solutions of the weak acid and

the salt have to be calculated. In this type of calculation there is no unique answer,
It ig the ratio of the volumes of the two solutions that is found,

= ormmscss=—— mm_————Y
Worked example

Calculate the relative volumes of a 1.00moldm™ solution of ethanoic acid and
a 1.00 moldm=? solution of sodium ethanoate that have to be mixed to give a

solution of pH = 4,00. (K, for ethanoic acid = 1.8 x 10~®*moldm™?)

Answer
[H*] = 107" = 1,00 x 107 mol dm™
H'J[CH,CO0"] [H"][salt S e
A= H-:grlagcaon] . [m;]k[ acigl] “HE e
[weak acid] [H'] 1.00 =104
] K, 18107 9
The ratio of the volumes of solutions of ethanoic acid to sodium ethanoate =

5.6:1, so, mix 56 cm? of the ethanoic acid solution with 10em? of the sodium
ethanoate solution,

B Acid-base indicators

In acid=base titrations, the equivalence point is the point at which enough alkali
has been added from the burette to react with all the acid in the conical flask or
when enough acid has been added from the burette to react with all the alkali in the
conical flask. For a reaction with a 1:1 stoichiometry, this means an equal number of
moles of acid and alkali. If the stoichiometry is 2:1, then the ratio of moles required
for the equivalence point is also 2:1,

The pH at the equivalence point is not necessarily 7. This is because at this point the
solution consists of the salt of the acid and the alkali. If both the acid and alkali are
strong, the solution will be pH 7, but if either is weak, then it will not (see p. 49),

The purpose of an indicator is to show when the equivalence point has been reached.
Indicators are weak acids with the colour of the conjugate base being different from

Acld-base Indicators



that of the weak acid molecule. Shorthand for an indicator molecule 18 Hind. It
dissociates in water according to the equation:

Hind &= H" + Ind™

colour 1 colour 2
[I—I*][Ind']
[HInd]|

¢ When acid is added, the equilibrium is driven to the left and the indicator appears
as colour 1,

& When alkali is added, the OH" ions react with the H" ions from the indicator and
the equilibrium is driven to the right. The indicator turns colour 2,

# The colour at the equivalence point appears when [HiInd] = [Ind™]. At this point:

md [I-I+] or pH med

With most indicators, the eye can see only either colour 1 or colour 2 if at least 90%,
of that species is present in the mixture, Thus, the range over which the colour is

seen to change is from a ratio of [HInd]:[Ind™] of just less than 10 to just over 0.1,
This is a range of pH of approximately £1 from the pK,,4 value,

Kind =

Table 2.7 lists some common acid=base indicators,

Table 2.7 Some common acid-base indicators

o] e Tow e Lt e e s ceer

Methyl orange 3.1-4.4 Yellow Orange
Bromophenol blue 4,0 3.0-4.6  Yellow Blue Grean
Bromocresol green 4.7 38-6.4 Yellow Blue Green
Methyl red 51  42-6.3 Red Yellow Orange
Bromothymol blue 7.0 6.0-7.6  Yellow Blue Green
Thymol blue* 8.9 8.0-9.6  Yellow Blue Green
Phenolphthalein 0.3 8.3-10.0 Colourless Mauve Pale pink

*Thymol blue also changes from red to yellow around a pH of 2

The correct choice ofindicator depends on the strengths of the acid and base in the titration,

(a) Methyl orange in acid (left) and alkaline (right) solutions; (b) phenolphthalein in acid (left) and
alkaline (right) solutions

o 2 Acld-base equllibria (Toplc 12)



| Titration curves

A titration curve shows how the pH of a solution varies as the reagent in the burette
is added. The shape of a titration curve depends upon the strength/weakness of the
acid and base.

In order to sketch a titration curve, the following have to be estimated:

the pH at the start

the pH at the equivalence point

the volume of liquid from the burette required to reach the equivalence point
the pH range of the near vertical part of the graph

the pH after excess reagent has been added from the burette (final pH)

e & & @ @

The pH values at different points during a typical titration are shown in Table 2.8,
The figures are only approximate, because they vary depending on the concentrations
and on how weak the acids and bases are.

Table 2.8 Variation of pH during different types of titration

Reagent In Reagent In Initial Equivalence Vertical
conical flask burette pH point pH range pH
311

Measuring pH during a titration

Strong acld Strong base 7 Just < 13
Strong base Strong acld 13 7 11-3 Just > 1
Weak acld Strong base 3 9 =43 Just « 13
Strong base Weak acld 13 9 11-7 Just > 3
Strong acld Weak base 1 5 3-7 Just < 11
Weak base Strong acld 11 5 7-3 Just> 1

Red cabbage extract acts as an acid-base indicator,

Red cabbage extract at (from left) pH 1, 3, 5, 7, 9, 11 and 13

(—1
Tip
Note that the rule of two (p. 51) applies here:

o A weak acld starts (or finishes If It Is being added to the base) at 2 pH units higher than that
of a strong acid.

A weak acld has an equivalence point 2 pH units higher than that of a strong acid.

A weak base starts or finishes at 2 pH units lower than that of a strong base,

A waak base has an equivalence point 2 pH units lower than that of a strong base,

For both weak acids and bases, the vertical range Is + 2 pH units about the equivalence point pH.

Titratlon curves



Performing a titration

Tip
You must convert the

volume in em? to dm? by
dividing by 1000,

The volume at the equivalence point has to be worked
out by the usual titration method. In most questions
the acids and bases react in a 1:1 ratio. For example, if
a 0.10moldm™ solution of a base is added to 20cm? of
0.10moldm™ acid, the equivalence point is at 20 cm? of
added base. Note that if the acid had a concentration of

0.20moldm™, the equivalence point would be at 40 cm”
of added base,

In the titration curves that follow:

o the starting volume in the flask is 20 cm?

o the equivalence point is at 20cm? of added reagent

¢ the left-hand graph of each pair shows the change in pH
as base is added to acid; the right-hand graph shows the
pH change as acid is added to base

Strong acid-strong base titration

In an experiment, 20,0cm® of hydrochloric acid (a
strong acid) of concentration 0,100moldm™ was titrated

with a solution of sodium hydroxide (a strong base) of
concentration 0,100 moldm=3,

The variation of pH with the volume of sodium hydroxide
added can be estimated by calculating the pH at certain
points,

pH at the start
The acid concentration is 0.100moldm™, so pH = =log0.100 = 1,00,

pH after the addition of 10.0cm? sodium hydroxide

0.0200 x 0,100 = 0.00200mol of acid were present originally. Half the acid
has reacted, so % x 0,00200 = 0.00100mol are present in 30.0cm” of solution.
Therefore:

0.00100
=

128 0.0300

pH = =log0.0333 = 1 48

= 0,0333moldm™

pH at equivalence point (after 20.0 cm? added)
All the acid has reacted and the solution contains sodium chloride, which is neutral
atpH =7,

pH after the addition of 30.0cm? sodium hydroxide
Two-thirds of the sodium hydroxide has reacted, so 10.0cm?* did not react. Therefore,
0.100 x 0.0100 = 0,00100mol of NaOH are present in 50.0 cm? of solution.

_ =log0.00100 _
pOH 0.0500 1.70

pH = 14 - 1,70 = 12,30

The pH values at different points during this titration are given in Table 2.9,

o 2 Acld-base equllibria (Toplc 12)



Table 2.9 pH during the titration of 20 cm? 0,100 moldm™® HCI with 0.100 mol dm™* NaOH

Volume of NaOH Volume of NaOH | pH
added/cm? added /cm?
0

1.00 20,0 7.00
10 148 201 10.40
16 1.86 21.0 11.39
19 269 30,0 12,30
19.9 360 400 12,62

These data can be presented as a graph (Figure 2.6), which is usually called a titration curve.

% 13-
12 -
1=
10 -
g -

pH at A

Equiwigmg T pmmm- -------------*
point

WEABOBAUII VBV ODENEARBRAGREENIID

Notice that the graph rlses

0 10 0 : 30_ 42 slowly to start with, then
E‘;‘gm%“ i Volume of NaOH/cm vertically at the equivalence
ihsdas it g point, before flattening off
Figure 2.6 Titration of a strong acid with a strong base Just below pH13.
If the acid were added to 20cm? of the alkali, the graph would have a similar shape
but would be a mirror image. It would start at pH 13, fall slowly, and then just before
the equivalence volume of 20.0cm? of acid, it would plunge vertically from about
pH 10 to pH 3. Finally, it would flatten off just above pH 1.
Titrations Involving weak acids or weak bases
The pH at the end point of these titrations can be found using the rule of two.

The rule of two “Remember that a weak
e The pH of a 0.1 moldm™ solution of a strong acid is 1 and that of a 0.1 moldm™ :f:gnga:cfdb;ﬁ.f; ;m:abr;:a
solution of a strong base 1s 13, a smaller pH than a strong

e The pH of a solution of a salt of a strong acid and a strong base is 7. base,

Titratlons Involving weak aclds or weak bases



[

Tip

The rule for going from
strong to weak is to add 2
pH units for a weak acid;
subtract 2 pH units for a
weak base,

Figure 2.7 Weak acid/strong
base

The ‘rule of two' gives an approximate pH of 0.1 moldm™ weak acids, weak bases
and their salts:

pH of weak acid = pH of strongacid +2=1+2=3
pH of weak base = pH of strong base = 2=13-2=11
pH of salt of weak acid and strong base =7 +2 =90

pH of salt of weak base and strongacid =7 -2 =15

pH of salt of weak acid and weak base = pH of salt of strong acid +2 and strong
base -2=7+2-2=7

Weak acid-strong base titration
The graphs in Figure 2.7 show the variation of pH during the reaction between

solutions of a weak acid, such ag ethanoic acid, and a strong base, such as sodium
hydroxide. The concentration of both reagents is 0.10moldm™.

114 114

= L Odessnaumn
7+ 7 -
- 5 I
i |
[ " :
: EE |
i i
[ " :
= 1= |
D H ! 0 !
0 10 20 30 40 0 10 20 30 40
Volume of base/cm? Volume of acid/em?3

The sharp rise in pH when a little base is added is because the solution is not yet

buffered, From about 5cm? of base added to 5cm? short of the equivalence point,
the solution is buffered and so the pH changes gradually.

Strong acid—-weak base titrations
The graphs in Figure 2.8 on p. 53 show the variation of pH during the reaction

between solutions of a strong acid, such as hydrochloric acid, and a weak base such
as ammonia. The concentration of both reagents is 0.10 moldm™3,

Choice of indicator
For an indicator to work, the entire range during which it changes colour must lie
completely within the vertical section of the titration curve.

For a strong acid-strong base titration, the pH range of the indicator must lie

completely within the range of pH3-11. Therefore, all the indicators listed in
Table 2.7 (p. 48) will give an accurate result. The indicators most usually chosen are
methyl orange and phenolphthalein,

For a weak acid-strong base titration, the range must be completely within pH 7-11,
Of the indicators in Table 2.7, only thymol blue and phenolphthalein will give the
correct result,

@ 2 Acld-base equilibria (Toplc 12)
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iﬂ: Tip
11- People who are red-green
; colour blind have great
G- difficulty seeing the end
¥ point of a titration using
74 methyl orange. They
il i should use screened
e Y eaiaialckale methyl orange instead,
o 1 This contains a blue dye,
3 3+ _.
_-—/ i K so the acid colour is
1 ! - : purple (red plus blue), the
O p——— Dl —— alkaline colour is green
0 10 20 30 40 0 10 20 30 40 (yellow plus blue) and the
Volume of base/cm? Volume of acid/cm3 neutral colour is grey (red
Figure 2.8 Strong acid/weak base plus blue plus yellow).

For a weak base—strong acid titration, the colour change of the indicator must
be completely within the range of pH3-7. Methyl orange, bromophenol blue,
bromocresol green and methyl red are all suitable indicators.

Evaluation of K, and Ky from titration curves

When a strong base is added to a solution of a weak acid, the point halfway to the
equivalence point is when half the acid has been neutralised. For a weak acid, HA:

Kz = m

[HA]

At the half-neutralisation point, [HA] = [A”]. Therefore, at this point, K, = [H"]
and so pK, = pH. The pH at the half-neutralisation point can be read off the graph.

At the half=neutralisation point, the mixture is a buffer solution because both the
weak acid and its conjugate base are present in equal and, therefore, significant,
quantities,

The evaluation is similar for a weak base. Ifa strong acid is added to a weak base, the
pH at the half-=neutralisation point s equal to pK,, of the weak base, B.

B + H,0 = BH* + OH"

_ [BHY|[OH"]

K=" h

At the half-neutralisation point, [B] = [BH"]. Therefore, at this point K, =
[OH7], so pK, = pOH. The pH at the half-neutralisation point can be read off

thEl graph. SRBRLARNA PR AR IRRBRBRERAAIRIRRERS

The buffered reglon would

- z - . . look much flatter It the scale
Buffer region in titration curves of the xaxis were extended.

When a strong base is added to a weak acid, a buffer solution is produced when there 118 Would then show clearly
that the pH alters only

are significant amounts of both the salt formed and unreacted weak acid present, slightly for small additions
This occurs in the fairly flat part of the curve between the addition of 5¢m? of (less than 1cm?) of acld or
strong base to within 5c¢m? of the equivalence point, alkall,

Titratlons Involving weak aclds or weak bases



Similarly, when a strong acid is added to a weak base, the fairly flat part of the curve
occurs when there are significant amounts of both the salt formed and unreacted
weak base present, This occurs in the region between the addition of 5 cm? of strong
acid to within 5cm? of the equivalence point,

Buffers are most resistant to pH changes when the amounts of the components of the
acid—base conjugate pair are equal,

j Enthalpy of neutralisation of acids

CEFPFIIRVTIVEARSALQLEIVINRIN SRS

Even though the acid Is

only about 1% lonised, the
removal of H* lons by the

base drives the equllibrium
to the right untll all the acld

has been neutrallsad,

The standard enthalpy of neutralisation, AH, ... I8 defined as the

enthalpy change when an acid and a base react to form 1 mol of water
under standard conditions of 1.0moldm™ solutions, 100kPa pressure

and a stated temperature, usually 298K (25°C).
For example, it is the molar enthalpy change for:
HCl(aq) + NaOH(aq) — NaCl(aq) + H,O(l)
1H,80,(aq) + KOH(aq) — 3K,504(aq) +H;0(1)
CH3COOH(@aq) + NaOH(aq) — CHyCOONa(aq) + HyO(1)

Strong acids neutralised by strong bases

Strong acids and strong bases are both totally ionised, so the equation for the
reaction between them can be written 1onically. For example, for the neutralisation

of hydrochloric acid by sodium hydroxide the full ionic equation is:
H"(aq) + Cl7(aq) + Na*(aq) + OH (aq) — Na™(aq) + CI (aq) + H,O(1)

The spectator ions can be crossed out, leaving the net ionic equation:
H*(aq) + OH™(aq) — H,O(])

This equation represents the neutralisation of all strong acids by strong bases,
Therefore, AH for all these reactions is approximately the same.

For a strong acid neutralised by a strong base, AH,,, = —=57.2kJmol™".
Weak acids neutralised by strong bases

The ionic equation given above does not apply to the neutralisation of a weak acid
by a strong base because the acid is not totally ionised. The neutralisation can be

regarded as the sum of two reactions:

HA(aq) = H*(aq) + A~(aq) AH,

H*(aq) + OH™(aq) — H,O(]) AH,
Adding gives:

HA(aq) + OH (aq) — A™(aq) + H,0(l) AR

AHnmt - AHI . ﬁ"Hi!
where AH, = —57.2Kk] mol™.

o If AH; is endothermic, the value of AH,,,, 15 less exothermic than AH,,, of a
strong acid,

o 2 Acld-base equilibria (Toplc 12)



e If AH, is exothermic, the value of AH,,,, is more exothermic than AH,,, of a
strong acid.

Hydrofluoric acid, HF, is a weak acid. It ionises exothermically because of the small
size of the F~ ion (the smallest anion that can exist in solution), which forms strong
hydrogen bonds with water molecules.

Other weak acids ionise endothermically. The weaker the acid, the more endothermic
18 its ionisation. Some examples are given in Table 2.10.

Table 2.10 Enthalpy of neutralisation of some weak acids

AHpeut/K1 mol-2
T
~56.2
-32,2
HCN 49 x10-*®  NaOH  -11.7

The enthalpy of ionisation of ethanoic acid is only +2kJmol™. This is why its
enthalpy of neutralisation is so close to that of a strong acid.

| acids

Acids can be classified according to three types. In the first type of acid, a hydrogen
atom is joined to an oxygen atom in a molecule. The oxo-acids (e.g. sulfuric, nitric,
carbonic) and all the organic acids fall into this category.

In addition to the oxygen attached to the hydrogen, an oxo-acid also contains
one or more X=0 groups. For example, the structure of sulfuric acid is shown in

Figure 2.9, that of nitric acid is shown in Figure 2.10, and that of carbonic acid is
shown in Figure 2.11.

In the second type of acid, a hydrogen atom is joined to an electronegative atom
other than oxygen. Well-known examples of this type of acid are HF, HCI, HBr

and HI. The strength of these acids depends mainly on the strength of the H-X
bond: the stronger the bond, the weaker the acid. This is why HF is the weakest
acid of the hydrogen halide acids and HI is the strongest. The bond enthalpies are:

H-F: +562kJmol™  H-L: +299k]mol™

The third type of acid is a hydrated metal ion, The polarising power of the cation,
especially small 3+ ions such as A1** or Fe**, draws electrons away from the H-0O
bond in the surrounding water molecules. This means that a water molecule can be
deprotonated easily by solvent water moleculeg:

[AI(H,0)]* + H,0 # [Al(H,0)sOHJ?* + H,0*

H;O" ions are produced and so the solution becomes acidic (see Chapter 10).

Test yourself

10 Draw the displayed formula of sulfuric(iv) acid, H;S03.

Tip

In oxo-acids containing an
element that can have more
than one oxidation state,
the lower the oxidation
state the weaker the acid is.
For example, sulfuric acid
(oxidation state of sulfur =
+6) is a stronger acid than
sulfuric(iv) acid (oxidation
state of sulfur = +4),

\°_g_ \

H
Figure 2.9
H\ /G
O_/
\o
Figure 2.10

H\—c//o
N

Figure 2.11

The structure of aclds
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Summary tasks

Make sure that you can:

and of buffer solutions

bases

weak acids and strong bases

identify acid/base conjugate pairs

define acid, base, strong acid, weak acid and buffer solution

understand the pH scale and the concept of neutrality

write expressions for K, of a weak acid and use it to calculate the pH of weak acids

write expressions for Ky, of a weak base and use it to calculate the pH of weak
calculate the pH of solutions of salts of weak basges and strong acids and salts of
explain the mode of action of a buffer solution

draw titration curves and use them to calculate the K, value of weak acids

understand the choice of indicators
explain why AH,, i caisation OF strong acids with strong bases are approximately the

same but those of weak acids differ.

| Questions

Hydrogen chloride gas reacts with water, Write the
equation for the reaction and use it to explain why
HCI can be clagsified as a Bronsted-Lowry acid and
why the solution is acidic.

State the conjugate bases of the following acids:

a) HCN c) OH™

b) HCIO, d) [FE-(H;Q)5]3+

Write the formulae for the conjugate acids of the
following bases:

4E'l‘]I CH;NHz lJ} OH-‘ c) HNC}3

Explain why the pH of pure water is not always 7.

At 25°C, pK, = 14. Calculate the [OH™] of the

following solutions and state whether the solutions
are acidic or alkaline:

a) [H*] = 1.0 x 10"2moldm™3

b) [H*] = 2.2 x 107"moldm™

At 25°C, K,, = 1.0 x 107" mol*dm™®. Calculate the
pH of the following solutions in which:

a) [H'] = 4.4 x 10" moldm™

b) H*] = 5.5 x 10" moldm™

¢) [OHT] = 7.7 x 10" " moldm™

o 2 Acld-base equilibria (Toplc 12)
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Calculate the concentration of hydrogen ions in
golutions with the following pH values:

a)pH = 1.33 b) pH = 7.00
Calculate the ratio of [H*] to [OH™] ions in solutions
of pH:

a)7 by 10 c) 3

Calculate the pH of the following solutions:

a) 0,200 moldm™? hydrobromic acid, HBr, which is
a strong acid

b) 0.0500 moldm™* strontium hydroxide, Sr(OH),,
which is a strong base

10 Calculate the pH of a 2.0moldm™ solution of

11

a strong acid such as nitric acid, HNO,;. Then
calculate its pH when it is diluted 10 times and
1 000000 times.

Chloric(n) acid, HOCI, is a weak acid with K, =
3.02 x 10" moldm™,

a) Write the equation for its ionisation in water and
hence the expression for the acid dissociation
constant, K,

b) Calculate the pH of a 0.213moldm™ solution
of chloric(n) acid.
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13

14

16

16

17

18

19

20

21

Nitrous acid, HNO,, is also called nitric(r) acid.
It s a weak acid. A 0.200moldm™ solution of

HNO; has a pH of 2.02. Calculate the value of its
acid dissociation constant, K .

Hydroxyethanoic acid, CHy(OH)COOH, has a
pK, = 3.83. Calculate the pH of a 1.05 moldm™
solution of this weak acid.

Methylamine is a weak base, with K, = 4,36 x
10"*moldm™;

CH,NH, + H,0 # CH,NH,* + OH"
a) Give the expression for K.

b) Calculate the pH of 0.200 moldm™ methylamine
solution,

Thymol blue can be regarded as a weak acid of
formula HThy. Use the data in Table 2.7 (p. 48)
to explain the colour changes that take place when
dilute hydrochloric acid, followed by an excess of
sodium hydroxide solution, is added to a solution
of thymol blue.

Calculate the pH of a buffer solution made by
adding 50cm? of 2,00 moldm™? sodium hydroxide
solution to 150cm® of 1.00moldm™ ethanoic
acid solution, (K, for ethanoic acid = 1.8 X
10™° moldm™)

|

What volume of 1.00moldm™ propanoic acid,
pK, = 4.87, is needed to make a buffer solution

of pH4.50 with 50cm? of 1.00moldm™ sodium
propanoate solution?

What mass of calcium ethanoate, Ca(CH;COQO),,
must be added to 100 cm™ of 1.25 mol dm™ ethanoic
acid solution to make a buffer solution of pH =
5.00? (K, for ethanoic acid = 1.80 x 10™*moldm™)

What volume of 1.00moldm™ sodium hydroxide
must be added to 100 cm? of 1.00 moldm™? ethanoic

acid solution to make a buffer solution of pH =
4.447 (K, for ethanoic acid = 1.80 x 10"5moldm™)

Write the equation for the reaction, if any, of the
following ions with water and state whether their
solutions would be neutral, acidic or alkaline:

a) CH;NH;®  b) COs* e)I”

a) Sketch the titration curve obtained when 40 cm?
of 0.20moldm™ hydrochloric acid is added to
40cm? of 0.10 moldm™ ammonia solution, Use

22

Table 2.7 (p. 48) to select a suitable indicator.
Justify your choice.

b) Mark on your curve a place where the solution
is acting as a buffer.

20em? of a 0.100moldm™ solution of a weak
acid, HA, was placed in a conical fask. Sodium
hydroxide solution of concentration 0.100 moldm=3
was added in portions and the pH of the stirred
solution read after each addition. The readings
obtained are given in the table below.

0 2.9 [19.9 7.0
2.5 3.9 [201 10.4
5.0 4.3 | 20,5 11.1
15.0 5.2 [21.0 11.4
17.6 5.6 | 26.0 12,0
19.0 6.0 | 30.0 12.3
19.5 6.3 | 35.0 12.4
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) Plot a graph of pH (y-axis) against the volume of
sodium hydroxide (x-axis).

b) Use the graph to find a value for the acid
dissociation constant, K,, of the weak acid, HA.

¢) Estimate the pH of a 0.050 moldm™ solution of
the salt, NaA.

d) Use the data in Table 2.7 (p. 48) to select a

suitable indicator for this titration. Justify your
choice,

a) Explain why the standard enthalpies of
neutralisation of hydrobromic acid and
hydrochloric acid by aqueous sodium hydroxide
are both =57 k] mol ™,

b) Ethanoic acid i1s only about 1% ionised in
solution, yet its enthalpy of neutralisation is
=55 k] mol™'. Explain why its value is so similar
to that of hydrobromic and hydrochloric acids.

¢) Explain why the very weak acid, hydrocyanic acid,
HCN, hag a much lower exothermic enthalpy of
neutralisation than that for a strong acid,

Draw the structural formula, showing all the
bonds, of each of the following:

a) chloric(v) acid, HCIO4
b) hydrocyanic acid (hydrogen cyanide), HCN

Questions



Exam practice questions

1 a) Calculate the pH of a solution of
hydrochloric acid of concentration
2.0moldm™3. (1)

b) Explain why the pH of a solution of sulfuric
acid, H,50, of concentration 2.0 mol dm™*
is less negative than —0.60. (2)

¢) Sulfuric acid reacts with nitric acid in the
equilibrium reaction:

H,S0, + HNO; & HNO;* + HSO,

Which of the following statements is

correct? (1)

A H,50, and HNO; are an acid—conjugate
base pair

B HNOj; and H,NO," are a base—conjugate
acid pair

C the nitric acid is reduced as it gaing
hydrogen

D the nitric acid is oxidised as it loges an
electron and forms a positive ion

(Total 4 marks)

2 Glycolic acid, CH,OHCOOH, is a weak acid
that is used in some skin-care products,

CH,OHCOOH = H" + CH,OHCOO~

[H'][CH,OHCOO ]
[CH,OHCOOH]

= 1.48 x 10*moldm™

a) Calculate the pH of a solution of glycolic
acid of concentration 0,15 moldm™3 (3)

b) Another solution of glycolic acid has a pH
of 2.48. Calculate its concentration., (2)

K, =

¢) Explain why an aqueous solution of sodium
glycolate, CH,OHCOONa, has a pH
greater than 7, (2)

d) When 20.0em? of a 0.15mol dm™ solution
of glycolic acid was mixed with 10¢m?
of 2 0.15 moldm™=? solution of sodium
hydroxide, a buffer solution was formed.
Calculate the pH of this buffer solution. (3)

@) Explain the mode of action of this buffer
solution when a small amount of H* ions is
added. (3)

(Total 13 marks)

3 a) Define "buffer solution’. (2)

b) Which of the following is not a buffer

solution? (1)

A 10cm? of 1.0moldm™=3 CH;COONa +
10em? of 1.0moldm™ CH,;COOH

B 10cm? of 1.0moldm™ NaOH + 10¢m?
of 1.0moldm™ CH,;COOH

C 10em?® of 1.0moldm™ NaHSO, + 10cm?
of 1.0moldm™ Na,SO,

D 10cm? of 1.0moldm=3 NH; + 10cm? of

1.0moldm™ NH,CI

¢) Calculate the pH of a buffer solution
made by mixing 100 cm? of 1.00moldm™3
ethanoic acid solution with 5.65g of
sodium ethanoate, CH;COONa. (K, for
ethanoic acid = 1.8 x 10" moldm™)  (4)
(Total 7 marks)

4 a) 1) Define the term acid, (1)

ii) Explain what is meant by the term
weak acid. (1)

b) i) Sketch the titration curve obtained
when 40cm? of 0.10moldm™ sodium
hydroxide is slowly added to 20 cm?
of 0.10moldm™ solution of a weak
acid of pH 2.8, (3)

ii) Select from the list below a suitable

indicator for this titration and state the
colour at the end point. Justify your

answers. (3)

Bromophenol | 4.0 |3.0t04.6 Blue

blue

Methyl red 5.1 4.2106.3 | Red Yellow

Thymol blue |B8.9 |8.01t09.6 |Yellow |Blue

c) i) Explain what is meant by a neutral
aqueous solution. (1

ii) The pH of a neutral solution at blood
temperature is 6.8. Explain why neutral
at this temperature is not 7.0, (2)
(Total 11 marks)
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AH, Is the electron affinity
of chlorine,
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AHg and AH, are the

enthalples of atomisation of
sodium and chlorine,

B Energetics of ionic bonding

lon-pair formation

It 1s often taught at GCSE that a sodium atom ‘gives’ one electron to a chlorine atom
‘so that they both gain the stability of a noble gas’. This is a gross oversimplification.

The enthalpy change for the formation of separate sodium and chloride ions from
their atoms is the sum of the energies for the endothermic removal of an electron

from the sodium atom and for the exothermic addition of an electron to the chlorine
atom, thus:

Na(g) = Na*(g) + e~ AH; = +494Kk] mol™!
Cl(g) + e~ — Cl(g) AH,; = =364 k] mol™!
Na(g) + Cl(g) = Na*(g) + CI°(g) AH = AH, + AH; = +130k] mol™

This is very endothermic and, therefore, cannot be the driving force for the reaction.
In addition, sodium metal has to be vaporised and chlorine molecules have to be

split into atoms, making the whole process even more endothermic.

Na(s) — Na(g) AHy = +109kJmol™
-2‘-c1(g)‘ - Cl(g) AH, = +121 k] mol-!
Overall:

Na(s) + %Clg(g) — Na*(g) + CI"(g) AH = +360k]mol™

When sodium and chlorine react, solid sodium chloride is formed and not separate
gaseous sodium and chloride ions, The energy released when the ions come together
and form the solid more than compensates for the endothermic formation of the
separate ions, This energy is called the lattice energy.

The lattice energy, AH,,,, or LE, of an lonic compound is the energy
change when Imol of the solid is formed from its constituent gaseons
fons that start infinitely far apart. It is always exothermic, so its value is
always negative.

Born—Haber cycles

The enthalpy of formation of NaCl(g) is the enthalpy change for the reaction of solid
sodium with gaseous chlorine molecules. The enthalpy change for this direct one-
step reaction will, by Hesg's law, be equal to the sum of the enthalpy changes involved
if the reaction were to take place in several steps. Born and Haber were the first to
think of the formation of an ionic compound in this way. In this case, the steps are:

# turning solid sodium atoms into gaseous atoms
o splitting gaseous chlorine molecules into gaseous atoms

Energetics of lonic bonding
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Tip

The first electron
affinity is always
negative (exothermic).
The second is always
positive (endothermic)
as a negative electron
is brought towards a
negative ion.

e removing an electron from each gaseous sodium atom
¢ adding an electron to each gaseous chlorine atom
® bringing the ions together into an jonic lattice

These processes are shown in Figure 3.1:

Na*(g) T Clhig)

Step 4
EA(CI)

Na*(lg) + e + Clig)

\
Step 5
Step 3
{1 JE(Ne) ‘ AH,q(NaCl)
‘ Step 2
Neig) =)
Step 1 ‘
AH(Ne) AH (NaCl(s)) '
Na(s) " +Cly(g) NaCl(s)
Figure 3.1

Step 1: the enthalpy of atomisation of sodium, AH,(Na) (+109k] mol ™)
Step 2: the enthalpy of atomisation of chlorine, AH,(Cl) (+121 k] mol™)
Step 3: the first lonisation energy of sodium, 1* [E(Na) (+494 k] mol™)
Step 4: the first electron affinity of chlorine, EA(CI) (=364 k) mol™)
Step 5: the lattice energy of sodium chloride, AH,,,(NaCl) (=771 kJmol™)
AH{NaCl(s)) = sum of the AH values for steps 1-5
= AH,(Na) + AH,(CI) + 1st IE(Na) + EA(CI]) + AH,,(NaCl)
= 4109 + 121 + 494 + (=364) + (-771) = =411 k] mol™!

The enthalpy of atomisation, AH,, of an element is the enthalpy change
when Imel of gaseous atoms is made from an element in its standard
state. It is always endothermic.

The first electron affinity of an element is the energy change when 1 mol
of gaseous 1= fons Is formed from 1 mol of gaseous atoms. It is always
exothermic.

The second electron affinity is the energy change when an electron Is
added to a gaseous 1- ion, forming a 2- ion. It is always endothermic.

For example, the enthalpy of atomisation of:

¢ chlorine is for the change %Cl;(g) — Cl(g)
o bromine is for the change 3Bry(l) — Br(g)

e sulfur is for the change :%Sa(s) — S(g)

For example, the first electron affinity for oxygen is for the change O(g) + e~ — O™ (g)
and the second electron affinity is for the change O~ (g) + e~ — O (g).

o 3 Energetics Il (Toplc 13)
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Test yourself
1 Write the equations for:
a) the third ionisation enerdy of aluminium
b) the second electron affinity of sulfur

If the ionic radii and the arrangement of the ions in the lattice are known,
theoretical lattice energies can be calculated. The only way that they can be found
experimentally is by using a Born—Haber cycle,

AH{NaCl(g)) = AH,(Na) + AH,(Cl) + 1* IE(Na) + EA(Cl) + AH,,(NaCl)
AH, (NaCl) = AH{NaCl(s)) = {AH,(Na) + AH,(Cl) + 1" [E(Na) + EA(Cl)}
= =411 ={+109 + (+121) + (+494) + (—=364)} = =771 k] mol™

Calculation of lattice energy from Born-Haber cycle data
Born-Haber cycles can also be drawn as energy-level diagrams, For example, for
calcium chloride, CaCl,, the energy-level diagram is shown in Figure 3.2,

b Co*g) + 267 + 2CI(g)
2nd [E(Ca)

2 x EA(CI)

Ca'lg) + e~ + 2Cllg)
5t IE(Ca)

Ca’*(g) + 2CH(g)

Calg) + 2Clg)
2 % AH(C)

Calg) + Clyg)
AH,(Ca)

Enthalpy

AHjun(CaClz)

Endothermic

Ca(s) + Clyg)

Exothermic 0

AH{CaCly(s)

Y

Figure 3.2

AH{CaCly@) = AH,(Ca) + 2 X AH,(Cl) + 1st IE(Ca) + 2nd IE(Ca)
+ 2 X EA(CI]) + AH,,,,(CaCl,) "

AH,,..(CaCly) = AH{CaCl,(s)) = {AH,(Ca) + 2 x AH,(Cl) + 1st IE(Ca Note that as 2 Ci atoms
Tt ( 2) il 2(8)) = {AH,(Ca) J(Cl) (Ca) isiplidmipdgty i

v a0 R T e X Ba) enthalpy change Is 2 x AHa.
= =795 —(+193 + 2(+121) + (+590) + (+1150) + 2(~364)} Algo, because 2 CI” lons are
| formed, the enthalpy change
= —2242 k] mol™! Is 2 x EA,
(E—
Tip

The second ionisation energy is the energy change when an electron is removed from a
gaseous 1+ ion, It is the energy required to remove the second electron, not the energy for the
removal of both electrons,

Energetics of lonlc bondin



Extent of covalency: polarisation
of the anion
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The charge denslty of &
catlon can be thought of
as Its charge divided by the
cube of Its lonic radius,
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Partially covalent means

that the electron cloud
around the anlon Is

distorted. This |s because
a palr of electrons on the
anlon Is slightly drawn
towards the catlon and so
becoming partially shared.

e
Tip

If you use the term ‘charge
density’ in an examination,

you must explain what it
means,

The positive cation exerts an attraction on the electrons in the negative anion. If the
electrons are significantly pulled towards the cation, the anion is polarised.

» Cations with a high charge and a small radius have a high polarising power.

e The smaller magnesium ion is more polarising than the larger calcium ion, both
of which have the same charge of 2+,

¢ A magnesium ion is more polarising than a sodium ion, because it is 2+ and it is
smaller than the larger, 1+ sodium ion.

e The polarising power is measured by the charge density of the cation,

e Anions with a high charge are easily polarised.

¢ Anions with a large number of electrons have a large radius and so are easily
polarised,

¢ An iodide ion, I", is more easily polarised than the smaller chloride ion, CI™.

e A sulfide ion, 8§27, is more easily polarised than a chloride ion because it has a
greater charge and a larger radius (Table 3.1).

The charge density of a cation is the charge divided by the volume of the ion,
Assuming the ion to be spherical, the charge density is the charge divided by —:anr’,
where r is the ionic radius,

Cations with a large charge and a small radius are highly polarising. Aniong with a
large charge and a large radius are highly polarisable. If either type of ion is present,
the anion will be significantly polarised, resulting in the bond being partially
covalent.

This causes the experimental (or Born-Haber) lattice energy to be greater than the
theoretical value, which is calculated assuming that the solid is 100% ionic.

Table 3.1 lonic radii

Radius/nm

Na* 0.095 cI- 0.181
K+ 0.133 I 0.216
Mg+ 0.065 8- 0.184

' Radlus/nm

As the polarising power of a cation depends on its charge dengity, the magnesium
ion is the most polarising cation in Table 3.2, The iodide ion is the biggest

anion, so magnesium iodide should be the most covalent compound and have
the biggest difference between the experimental and the theoretical lattice

energies (Table 3.2),

Table 3.2 Lattice energies

Substance | Experimental lattice | Theoretical lattice | Difference;/ | Extent of
energy/kimol-1 energy/kJmol-1 kimol-1 covalency

NacCl =770 10 Almost none
K2S -1933 119 Significant
Mgla -1944 383 Conslderable

° 3 Energetics 1l (Toplc 13)



The effect that covalency has on the experimental value of lattice energy is very
much less than the effects of the charges and the radii of the ions.

The greater the difference between the theoretically calculated and the
experimental Born-Haber values, the more covalent is the bond.

Worked example

Explain why calcium chloride is more covalent than potassium chloride,

Answer
The calcium ion is 2+ and has a smaller radius than the 1+ potassium ion,

Therefore, its charge density is greater. This means that it polarises the Cl- ion
to a greater extent, causing the bond in calcium chloride to be more covalent

than the bond in potassium chloride. —
Tip
Table 3.3 shows that the magnitude of the lattice energy: Magnitude means the
: value regardless of the
e steadily decreases down a group of the periodic table as the size of the cation sign. Thus the value ~100
InCTeases has a greater magnitude

e steadily decreases down the group as the size of the anion increases
® increases as the charge on either or both the cation and the anion increases

than the value -10.

Test yourself

2 Which will have a greater degree of covalency, CaS or KCI?

Table 3.3 Lattice energies
of some ionic compounds

Lattice energy/KJmol-3

Halldes LIF NaF KF RbF CsF
-1022 -902 -801 ~-T767 -7186
LiCI NacCl KCl RbCI CsCl
-846 -771 -T01 -675 -845
LIBr NaBr KBr RbBr CsBr
-800 -733 -870 -647 -619
L Nal Ki Rbl Csl
~744 -684 -620 -609 ~-586
BeCly MgCl, CacCl, SrCly BaCly
-3006 -2500 -2237 -2112 -2018
Oxldes Liz0 Naz0 Kz0 Rb20 Csz0
-2814 -2478 -2232 -2161 -2063
BeO Mgo Ca0 Sro Bao
-4444 -3890 -3513 -3310 -3152
Sulfides LizS Nazs K28 RbzS Cs38
-=2600 =2200 -20562 -~1944 -1850
Bes MgSs cas Srs Bas
-3832 =3300 -3013 =2860 2725
Hydroxldes Mg(OH)z2 Ca(OH)z Sr(OH)2 Ba(OH)z
-2842 -2553 -2364 -2228

Extent of covalency: polarisation of the anlon




Formulae of ionic compounds
The reason why sodium and chlorine form NaCl rather than NaCl, is not because

of the mythical stability of a noble gas electronic configuration, The answer lies in
comparing the enthalpy change of the two reactions:

Na(s) + %Cl(g) — NaCl(y
Na(g) + Cly(g) — NaCly(s)
AH;g for the formation of NaCl(s) can be measured. The value is —=411k] mol™,

AH, for the formation of NaCl,(s) can be calculated from a Born-Haber cycle
(Figure 3.3), assuming that the lattice energy of NaCl; would be similar to that of
MgCl, (—2500k] mol™).

Na*(g) + 2CTM(q)
l 2 % EA(CI)

Ne**lg) + 2¢ + 2Clg)
2nd 1E(Na}‘ ‘

Mg ¢ ¥ AHyy(NaCly)
Tt [E(Na) 2 x AH(C1)

Nal(g)
AH,(Na)

Nal(s) " Cly(g) __Mﬂdﬂzﬂ_. NaZI,(s)

Figure 3.3

AH{NaCl,(s)) = AH,(Na) + 2 x AH,(Cl) + 1st IE(Na) + 2nd IE(Na) +
2 X EA(Cl) + AH,,,(NaCl,)

= +109 + 2(121) + 494 + 4560 + 2(-364) + (—=2500)
= 42177 kJmol™
Thig process is very endothermic, so NaCl; is not formed.

The reason why it is so endothermic is that the extra 4560k] of energy, required to
remove a second electron from sodium, is too great to be compensated for by the
increased attraction between a 2+ cation and a 1— anion in the theoretical NaCl,
solid, This huge jump in energy from the first to the second ionisation energy of
sodium occurs because the second electron has to be removed from an inner (2p)
shell. In this shell, the electron is screened from the 11+ nucleus by only the two
Is-electrons. Therefore, it is held very firmly,

This concept of whether the extra energy required to remove another electron is
compensated for by the more negative lattice energy (or the hydration energy if
the reaction is carried out in aqueous solution) is important in the chemistry of the
transition metals,

o 3 Energetics Il (Toplc 1.3)



In year 11 (GCSE) chemistry, it is often suggested that the driving force behind *

the formation of ions is gaining the stability of a noble gas electron configuration.
However, this ignores the huge number of ionic compounds of the d-block metals
that do not gain this so-called stability. A more accurate explanation is that the
substances react to give the product with the lowest energy.

Magnesium chloride is MgCl,, not MgCl, because the energy required to remove
the second outer or 3s-electron is more than compensated for by the extra energy
released by the attraction between the 2+ ion and the CI1™ ion. Figure 3.4 shows the
dot-and-cross diagram for Mg(Cl,.

(][] [

Figure 3.4

Solubility of ionic compounds

When an ionic solid dissolves in water, the lattice breaks down and the ions are
separated. This is very endothermic, so you might expect that ionic solids would

not dissolve in water. To explain this apparent paradox, you must think about what
happens to the ions as the solid dissolves,

Cations become surrounded by water molecules. Strong ion—dipole forces act
between the positive cations and the 8— oxygen atoms in the water. Similarly, the
anions become surrounded by water molecules with the 8+ hydrogen atoms of the

water molecules being strongly attracted to the negative anions (Figure 3.5). This
process is called hydration. It is the highly exothermic nature of hydration that

compensates for the endothermic break-up of the lattice.
/ H
glj M~ 0/

/O_H@H_c/ H \)

H
|
o\H \ /
@@@@@@@O@@q— of s
Figure 3.5 An ionic solid dissolving

The enthalpy of solution of a solid, AH,,,,. is the enthalpy change when
1 mol of the solid is dissolved in sufTicient solvent to give an infinitely
dilute solution.

The hydration enthalpy of an lon, AH,,, is the enthalpy change when
1 mol of gaseous ions is dissolved in sufficient solvent to give an infinitely
dilute solution.

Extent of covalency: polarisation of the anlon
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Whether or not a change
takes place depends on
the value of the change In

entropy. This concept Is
covered later In this chapter,

=
Tip
Never state that atoms gain
or lose electrons in order
to reach the stability of the
electron configuration of a
noble gas.

p—
Tip
The change from atom
to cation is endothermic.
lonic bonding only occurs
if the ions form a solid or,
in solution, are hydrated
by water molecules
(see p. 59).

el -
Tip

An infinitely dilute solution
can be thought of as one

in which further dilution

does not cause a heat
change.
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Tip

Remember that the lattice
energy is defined in the
exothermic direction.

It is the energy change
when 1 mol of an ionic
solid is formed from its

constituent gaseous ions
infinitely far apart.

Step 1:

NaCl(s) — Na*(g) + CI7(g) AH = -AH,,,
Step 2
oy 2O + L
Na™(g) — Na'"(aq) AH = ﬁthd(.Nﬂﬁ
cr g —s Crq) AH = AH,4(C1)

On addition, the gaseous ions cancel, giving;
NaCl(s) L N Na*(ag) + CI"(aq) AH,q,= ~AH,, +AH,q(Na*) + AH,4(CI7)

This can be shown as a Hess's law cycle (Figure 3.6).

Na*(g) + Cl-(g)

_ﬁH|.“(Nac|)/ \Hhﬁ(l\la and CI)

NaC I(s) — Na*(ag) + Cl(ag)

wln

Figure 3.6

From this equation, it can be seen that:

& the more exothermic the lattice energy, the more endothermic the enthalpy of

solution
¢ the more exothermic either of the hydration enthalpies, the more exothermic the

enthalpy of solution

The sign of the enthalpy of solution is determined by the difference in magnitude
between the lattice energy and the sum of the hydration energies (Figure 3.7).

Exathermic dissolving Endothermic dissalving
Gaseous ions Gaseous ions
{ i
=AM g4 E&thd
LAHhyd ~AHat
Solid Solution
I Solution i
Figure 3.7

If the magnitude of the lattice enthalpy (blue arrow) is less than the sum of the
hydration enthalpies of the two ions (red arrow), dissolving will be exothermic.

If the magnitude of the lattice enthalpy 18 greater than the sum of the hydration
enthalpies of the two ions, dissolving will be endothermic.

A general relationship can be deduced from Figure 3.7:

AH,,, = —lattice energy + the sum of the hydration energies of all the ions

o 3 Energetics Il (Toplc 13)



Factors that affect lattice energy

The magnitude of the lattice energy depends on the strength of the forces acting
on the ions. In a lattice, each ion is surrounded by a number of ions of opposite
charge, resulting in strong forces of attraction and some forces of repulsion. This is
illustrated in Figure 3.8. The red lines represent forces of attraction; the blue lines
represent forces of repulsion.

The strength of these forces depends on:

the magnitude of the charges on the ions
the sum of the radii of the cation and the anion

the arrangement of the ions in the lattice

the relative sizes of the iong
the extent of covalency

Charge and size of ions
The force between two ions of opposite charge depends upon the value of the ionic

charges and how close the centres of the ions are. The stronger the force of attraction
between the ions in the solid, the more exothermic is the lattice energy.

The lattice energy is proportional to the product of the charges on the two ions
divided by the sum of their radii:

LAl x4()
AR = L@ F 1)

where ¢(+) = the charge on the cation

q(=) = the charge on the anion
r(+) = the ionic radius of the cation

r(=) = the ionic radius of the anion

[ErmEt e e T e e o
Worked example 1

Explain why the lattice energy of sodium fluoride is more exothermic than the
lattice energy of potassium chloride,

Answer

It is because Na* has a smaller ionic radius than K*, and F- is smaller than CI-.
Therefore, the forces between sodium ions and fluoride ions are stronger than
those between potassium ions and chloride ions.

e e
Worked example 2

Explain why the lattice energy of calcium oxide is approximately four times more
negative than that of potassium fluoride,

Answer
This is because in calcium oxide the product of the ionic charges is 4, whereas
in potassium fluoride it is 1. The sums of the ionic radii of the two compounds

are not very different. However, the value is smaller in Ca0 than in KF, so the
lattice energy ratio is further increased.

Extent of covalency: polarisation of the anlon

Figure 3.8 The forces acting
between the ions in a planar
slice through a crystal of
sodium chloride

—
Tip
There are small forces

of repulsion between
neighbouring ions of the
same charge. This is only
significant when the anion
is much larger than the
cation, which causes the
anions to be crowded
together,
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The lattice energy Is a
measure of the strength of
the lonic bond. The more

negatlve the lattice energy,
the stronger the bond.

67




Tip
The coordination number

of an ion in an ionic lattice
is the number of ions of

opposite charge that are

most closely arranged
around it.

(b)

Figure 3.9 Structures of
(a) caesium chloride and
(b) sodium chloride

The answer to worked example 2 can be explained more fully by looking at the
values involved (Table 3.4).

Table 3.4 Lattice energy and ionic charge

Substance AHjgy/ kI Mol Product of sSum of
lonle charges lonic radil /nm

Cao -3513 4 0.239
KF -801 1 0.269

The lattice energy depends on the product of the charges on the ions divided by the
sum of the ionic radii,

product of ionic charges divided by sum of ionic radii for CaO
product of ionic charges divided by sum of ionic radii for KF
4/0.239

BET T Tl

AHypy (C20)
ﬁ'Hhﬂ(KF)
-3513

=—— =44

—-801
The fact that these two values are so similar supports the theory,

Arrangement and relative size

lons take up an arrangement in the lattice that maximises the lattice energy released.
This is the position of minimum potential energy of the ions, If a small cation is

surrounded by too many larger anions, a considerable amount of repulsion occurs
between the larger anions. This is shown by the structures of ionic compounds of

formula AB that are given in Table 3.5,

In sodium chloride, fitting eight chloride ions around the smaller sodium ion would
result in considerable repulsion between the closely packed chloride ions. Each Na*

ion is surrounded by six C1™ iong; each CI™ ion is surrounded by six Na* ions, This
is called 6:6 coordination. This arrangement minimises repulsion.

Table 3.5 lonic radii and coordination numbers

Substance Catlonlc Anlonic Ratlo of anlonic radius Coordination
radius/nm radius,/nm to cationlc radius number

CsCl 0.169 0.181 1.1:1 8
NacCl 0.095 0.181 1.8:1 6
ns 0.074 0.184 2,51 4

The type of lattice depends upon the ratio of the ionic radii. Compounds with a
ratio of approximately 1:1 have a lattice structure similar to that of caesium chloride.
Those with a ratio nearer to 2:1 have a structure similar to that of sodium chloride
(Figure 3.9).
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Factors that affect hydration enthalpy

The magnitude of the hydration enthalpy of an ion depends on the strength of the
force between the ion and the water molecules surrounding it. Positive ions are
attracted to the 86— oxygen atoms of the water and negative ions to the 8+ hydrogen
atoms.

The strength of the forces depends on:

e the magnitude of the charge on the ion — the greater the charge, the greater is
the force
e the radius of the ion — the smaller the radius, the greater is the force

Test yourself

3 The ionic radius of M** is 0,076 nm and that of Q** is 0,084 nm. Explain which
ion would have a more exothermic hydration enthalpy.

Hydration enthalpies of some gaseous ions are shown in Table 3.6,

Table 3.6 Hydration enthalpies of ions

LI*

-510 P~ -506
Na* -406 cl- -364
K -322 Br ~335
Mg+ -1920 - -203
Ca2+ ~-1650 OH- -460
Sra+ ~1480
Ba?* -1360

Table 3.6 shows that

e the hydration energies become less exothermic as the radius of the ions in a group
increases

e the magnitude of the hydration energy increases as the charge on the cation
increases

Calculation of enthalpy of solution

e |
Worked example

Use data from Tables 3.3 and 3.6 to predict the enthalpy of solution of sodium
chloride.

Answetr
AH,u = =AHju + AHyya(Na") + AHja(C1)
= ~(=771) + (~406) + (~364) = +1 kTmol !

Extent of covalency: polarisation of the anlon @



Figure 3.10
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The hydration enthalpy of
the chiloride lon must be
multiplied by two, because
there are two CI~ lons In the
equation.

Using lattice energies and hydration energies to predict the enthalpy of solution may
be inaccurate, because slight errors in any of the quantities could result in an answer
with the wrong sign. For example, if the data in the above worked example had
been taken from a different source, the calculation could have been:

AH, . = —AH,, + AH;,,d{Na"') 7 AH}W‘;(CI_}
= —(=780) + (—444) + (-340) = —4kJmol™
The true value of AH,,, of NaCl(s) is +3.9 k] mol™.

Extra care must be taken with ionic compounds of formula MX,. This can be
illustrated using a Hesg's law cycle (Figure 3.10),

Ma3*(g) + 2Cl(g)

MgC!;———— Mga+(aq) + 2CH(ag)

&‘Hlﬂln = _A'Hlm(Mgcll) + ‘&thtw:-'-) +2 X% &Hh}’d(cl-)
= —(=2500) + (=1920) + 2(-364) = =148k mol™

As can be seen from Table 3.7, many ionic solids have endothermic enthalpies of
solution and are still soluble. Others have exothermic enthalpies of solution and are
insoluble, The concept that exothermic changes will take place spontaneously and
endothermic changes will not is an oversimplification, The criteria for spontaneity

include the entropy change of the system (p. 72).

Table 3.7 Enthalpies (kJ mol™) of solutions of anhydrous compound at 25°C

Catlon

+4 9*#
| 419 438 -08 -75 -45 27 421 -24
. -18  +17 420 420  -57 -31  +35  +24
Ol -12 415 416 414 - i 426 +6.6
—23  +66" +B4* +112% - +42% 423 418
~18* -180 -186 -213 +2.3* -253* -1  -91
+12* -81  -103 -120 -18.7%* -13* -19  -1B%*
-27** -330 -370 -390 * = - -350

* Insoluble ** slightly soluble

Entropy

It is often assumed that exothermic reactions will take place and endothermic
reactions will not, This is an oversimplification, as can be seen by studying the
solubilities and the enthalpies of solution of many salts. For example:
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e AH,,, of ammonium nitrate is endothermic, yet it is very soluble in water.
o AH,,, of calcium carbonate 1§ exothermic, yet it is insoluble in water.

During an exothermic process, the enthalpy of the chemicals decreases (AH is
negative). However, the energy of the surroundings increases by exactly the same
amount. In an endothermic reaction, the chemicals gain energy (AH is positive) and

the surroundings lose an equal quantity of energy. So what is the driving force of

spontaneous change?

The answer lies in the simple concept that energy and matter tend to spread
out or disperse.

When a highly ordered crystalline solid, such as sodium chloride, dissolves in water,

the solid becomes dispersed throughout the liquid. When the denser gas carbon
dioxide is added to air, it does not form a lower layer, but spreads throughout the air.
The same happens with energy. If a hot piece of iron ig placed in a beaker of water,
the heat from the iron digperses into the water until both the iron and the water are
at the same temperature. You cannot boil a kettle of water by putting it on a block
of ice and expect the ice to become colder as the water heats up. Such a change
would not break the first law of thermodynamics (the conservation of energy), but

experience tells us that it never happens. Heat spontaneously flows from a hotter
body to a colder body.

The spreading out of a solute into water, the spontaneous mixing of carbon dioxide
and air, the heat transfer from the hot iron to the colder water are all examples of an
increase in disorder. The scientific term for disorder is entropy, symbol §S.

The second law of thermodynamics states that spontaneous changes
result in an increase in disorder or entropy.

The second law of thermodynamics determines the direction of any physical,
chemical or biological changes, for example:

o whether a change of state or chemical reaction is likely to happen at a particular
temperature

e whether redox reactions will take place
¢ the position of equilibrium

It can be said that the second law of thermodynamics explains all of chemistry,

Care must be taken to include not only the entropy change of the chemicals
(AS,ystem) but also the entropy change of the surroundings (AS,,,). For example,
when hydrochloric acid solution is added to sodium hydroxide, the mixture of the
two chemicals is called the system, The test tube, the solvent (water) and the air in
the room are regarded as the surroundings. For a change to happen spontaneously,
AS, ., must be positive:

ASioral = ASpytem + A8,y
This 1s another way of expressing the second law of thermodynamics,
The entropy of the system will increase if:
e asolid melts or a liquid boils, for example:

H,O() — H,0(l) or H,0O(l) = H,0(g)

Extent of covalency: polarisation of the anlon [ 71

Top: ordered, therefore low
entropy; bottom: disordered,
therefore high entropy

In any spontaneous
change, ASi, will be
positive,




e agas is produced or if a smaller number of moles of gas produce a larger number
of moles of gas, for example:

Mg(s) + HS04(aq) — MgSOy(aq) + Hp(g) or PClg(g) — PCly(g) + Cla(g)

& the number of moles of products is greater than the number of moles of reactants,
for example:

(Cr(HZ0)¢]*" (aq) + INHCHCHyNH;(ag) — [Cr(NHCHa CHaNH)a[* (aq) + 6HO()
4 moles 7 moles

Conversely the entropy of the system will decrease when a gas reactant forms a solid

or more moles of gas produce fewer moles of gas, For example:

2Mg(s) + Oz(g) = 2MgO(s)  or  2H,(g) + Oa(g) = 2H,0(g)

l Entropy change of the system

A solid is much more ordered (or less disordered) than a liquid, which in turn is

more ordered than a gas. So gaseous water is more disordered and has a larger
entropy than liquid water, which has a greater entropy than ice. In general, this can

be expressed as:

Siotid < Stiquid < Sgay

Table 3.8 shows the entropy changes for melting and boiling some substances.

Table 3.8 Some entropy changes
ASmmn' Meiting ASnnllmu Bolling
/1K~ *mol-* temperature/K /1K 2mol~2 temperature/K
02 8.2 54 76 a0
H20 ' 273 109 373

NHz3 20 106 a7 246

In the combustion of phosphorus, the reaction goes from a solid plus a gas to a solid:
Py(s) + 50;(g) = PyOy0(9)

The disorder of a gas is replaced by the order of a solid. Therefore, the extent of
disorder decreases and AS, ., is negative:

ASE um = S 0f PyOyq(s) = [S of Py(s) + 5 % S of Oy(g)]

When dilute hydrochloric acid is added to solid calcium carbonate, carbon dioxide
gas is produced:

CaCO,(s) + 2HCl(ag) — CaCly(aq) + HyO(1) + CO,(g)

solid + golution - golution -+ gZasg
As a gas is produced, the disorder increases, and so AS,,,.., 18 positive.

Table 3.9 shows the standard entropy values of some substances. Table 3.9 also shows
that entropy increases as the complexity of a substance increases. For example, the
entropy of ethane is greater than that of methane; the entropy of calcium carbonate
1s greater than that of calcium oxide, Note the difference between this table and one
of enthalpies of formation.
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Table 3.9 Standard entropies of some elements and compounds at 25°C

Gas Entropy, Entropy, Solld Entropy,
§°/)K-*mol-* §°/J K2 mol §°/1K1mol-*
Hz 131

CzHs0OH 161 P4
05 2085 CCly 216 P4040
Nz 192 CgHg 174 c 6.7
HaO(g) 189 H50(1) 70 H,0(s) 43
CO; 214 cao 40
NH3 192 Cacog 03
CH, 186
CaHs 230

The standard enthalpy of formation of an element in its standard state is defined ag

zero. The same is not true about the standard entropy values of an element: AH® of
O,(g) = 0k mol-'; §® of O,(g) = —205] K~ mol™!.

A third general point is that A-Sw_m increases if the number of moles in a given
state (all gases or all liquids) increases or AS,,, ., decreases if the number of moles of
product gases ig less than the number of moles of gaseous reactants. For example the

entropy of the systemn decreases in the reaction:

Na(g) + 3Hy(g) = 2NH;(g)
4mol of gas 2mol of gas

_ L ——_——
Test yourself

4 State whether the reactions below result in an increase or decrease in the
entropy of the systems:

a) SO,(d) + %Og(g} — S04(d) b) NH4Cl(s) + OH-(aq) — NH5(g) + Cl-(aq) + HaO(l)

Effect of temperature on entropy

The third law of thermodynamics states that the entropy of a perfect crystalline
substance at absolute zero (0K or —273°C) is zero. As the crystalline substance is
heated, it gaing in entropy until its melting temperature is reached. On melting
there 1s a large jump in entropy, followed by a steady increase as the liquid is heated
to its boiling temperature. There 1s another large jump in entropy as its physical
state changes, followed by a gradual increase as the gas is heated, This is shown in
Figure 3.11.

_—_—————— O O
Test yoursel

5 State and explain whether H,0(l) at 25°C has a higher or lower entropy than
H,0(l) at 35°C.

Entropy change of the system

Tip

When looking up the
entropy of H,0 make sure
that you use the value

for the state (gas, liquid
or solid) given in the

question.

Entropy

-

0 Melting Boiling
point  point
Temperature/K

Figure 3.11




Tip
Note that S has joules in

the units, whereas AH has
kilojoules,

Tip

Note the similarity
between this expression
and the one used to find
AH, from enthalpy of
formation data:

AH, = ZnAH(products) -
ZnAH(reactants)

Tip
The system is going from

2mol of gas to 3mol

of gas, so the entropy
increases,

The values in Table 3.9 are standard entropy values, which means that they are the
values at a stated temperature, usually 298K (25°C), and 100kPa (1 atm) pressure.
The entropy of liquid water at 100°C is 80J K™ mol™!, which is 10JK~' mol~! more
than its value at 25°C,

CaICLllfltiDn Df i’\sgyg[gm
The entropy change of the system can be calculated from the formula:
ASH em = ZnS®(products) — ZnS®(reactants)

where n represents the stoichiometric numbers in the chemical equation,

P e =
Worked example 1

Use the data in Table 3.9 to calculate the entropy change of the system for the
reaction:

2H,0(g) — 2H,(g) + O,(g)

Answer
AS,yuem = 2 * S(hydrogen) + S(oxygen) — 2 » S(gaseous water) =2 x 131 + 205 -
(2 = 189) = +89 JK ' mol !

Worked example 2

Use data from Table 3.9 to calculate the standard entropy change of the system
for the reaction between phosphorus and oxygen:

Py(s) + 50,(g) — P40y(s)

Answer

ASS

Satem = SnS®(products) — InS®(reactants)

=220 — (+164 + § = 205) = -960 JK ' mol !

At first sight you might think that the reaction in worked example 2 should not take
place because the entropy decreases, However, this is only the entropy change of the
system. Both this reaction (negative AS value) and the reaction of acid with calcium
carbonate (positive AS value) take place spontaneously, What has not been taken into
account is the entropy change of the surroundings (the reactions are exothermic).

B Entropy change of the surroundings

When an exothermic reaction takes place, heat energy is transferred to the
surrounding air or to the solvent, causing an increase in disorder of the air or solvent
molecules. This can be seen from the Maxwell-Boltzmann distribution of energies

at two temperatures (Figure 3.12).
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Fraction of madl eaules with energy E

=

Kinetic energy, E

Figure 3,12 Maxwell-Boltzmann distribution of molecular energies at two
temperatures (T; > Ty)

At the higher temperature (73), the molecules have a much greater range of energy

and so are more random or disordered. This leads to the following important
conclusions:

e AS®,. is positive for all exothermic reactions.

o AS® i negative for all endothermic reactions.

This is shown pictorially in Figure 3.13,
ASLr ASur
i

As'ﬂﬂ' hs:l.l"
Exothermic reaction Endothermic reaction

Figure 3.13 ASS,, and exothermic and endothermic reactions

[f the surroundings are hot, the entropy increase is small because the molecules have
high entropy and are already in chaotic motion. Conversely, if the surroundings are
cold, the entropy change i1s much greater. The entropy change in the surroundings,
caused by transfer of heat, depends on the value of the heat change and is also
inversely proportional to the temperature of the surroundings. The heat change of
the surroundings is the negative of the enthalpy change of the system:

AS® = -AH®
BUre T

=
Test yourself

6 State whether an endothermic reaction will have a positive or negative value
of AS;

Tip

If the system is
exothermic, it loses
enthalpy, which is
transferred as heat to the
surroundings (which gain
entropy).

Tip
The temperature must be
in kelvin (K = °C + 273),

Entropy change of the surroundings

|

5
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Note that the value of AH
was converted from kJ to J

and the temperature from
°C to K,

—_—
Tip
As with AH calculations,

you should always include

a sign and units in the
answer for AS,

L e -

Worked example 1
Calculate the value of AS,,, at 25°C and at 100°C for a reaction with AH =
-123 kimol-3,

Answer g
AS,,, (at 25°C) = l‘?"— = OB e ) = 137K mol”

= A% ~1
AS,., (at 100°C) = -‘5TH == 12330.;}-30—;‘“"1 ) = +330 JK") mol"!

P = —————
Worked example 2

Calculate the entropy change of the surroundings when 1 mol of phosphorus, Py,
burns in air.

Py(s) + 50,(g) — PO (5) AH, = -2984 kT mol ! at 25°C (298 K)

Answer

-4
as?ﬁrr =i T ;
= -<;299884) =+10.0kJK "mol' =+10000JK 'mol"!

j Total entropy change

REPEPPRIIRENNRNARPLPNAAINRANALY

Remember that entropy data
are In joules (per kelvin per
mole) and enthalpy data

are In kllojoules (per mole).
You must either divide the

entropy value by 1000 or
multiply the enthalpy value
by 1000,

The total entropy change (sometimes called the entropy change of the universe) is
the sum of the entropy changes of the system and the surroundings:

| _ AH®
A‘Stgtil p AS:IHIH + Aszﬂ‘ - Asl:ltml . T

. ey = e P
Worked example

Calculate the total entropy change for the combustion of magnesium and
comment on its feasibility at 208 K,

IMg(E) + 0s(8) = 2MgO(s)  AH,,epi0n =—1203kTmol"!
The entropy change of the system is =217 JK-*mol-2,

ADNWOY _ior éq30300
AS e = = = 00) _ 44037 7K mol"!

AS\o = =217 + 4037 = + 3820 JK ' mol"!

This is & positive number so the reaction is thermodynamically feasible at a
temperature of 298 K. However, the oxidation of magnesium at 298K is so slow

that it is not observed. This is because the activation energy for the reaction is
very high.
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Changes are thermodynamically feasible if the total entropy change is
positive.,

This means that an unfavourable (negative) entropy change of the system can be
compensated for by a favourable (positive) entropy change of the surroundings.

Table 3.10 Entropy changes and feasibility

s I

Posltive Positive (exothermic reaction)  Always

Negative Negative (endothermic Never
reactlon)

Negative Positive (exothermic reaction)  If the numerical value of AH/T > Asﬁmm
(more Ilkely at low temperatures)

Positive  Negative (endothermic If the numerical value ASguem > AH/T
Fesction) (more likely at high temperatures)

_

Test yourself

7 Use the data in Table 3.9 on p. 73 to calculate the thermodynamic feasibility
of the following reactions at 208K,
a) Na(g) + 3Hz(g) — 2NH3(g) AH = -92kJmol-?

b) CaCOs(s) — Ca0(s) + CO4(g) AH = +178kJmol™

Spontaneous endothermic reactions
When pure ethanoic acid is added to solid ammonium carbonate, bubbles of gas
are rapidly produced. This appears to be a violent reaction, but if a thermometer is

placed in the acid before the ammonium carbonate is added, it will be observed that
the temperature falls considerably as the reaction takes place.

2CHyCOOH(]) + (NH),CO4(s) = 2CH;COONH,(s) + H,O(l) + CO;(g)

Even though the reaction is endothermic, there is a considerable increase in entropy
of the system because a gas is produced. This makes AS_ , positive and the reaction
thermodynamically spontaneous,

Hydrated barium hydroxide reacts with solid ammonium chloride in a rapid
endothermic reaction at room temperature;

Ba(OH)y;8H,0O(s) + 2NHCIl(s) — BaCly(s) + 10H,0(1) + 2NH 3(g)

As with the previous example, the driving force of the reaction is AS,,im. Which
overcomes the endothermic nature of the reaction. The reactants are solids and the
products are a solid, a liquid and a gas, and three substances make 13 substances, so
there is a considerable gain in disorder,

Another easily observed endothermic change is the dissolving of ammonium nitrate
in water,

NHyNO;(s) + ag — NH,"(aq) + NO;™(aq)

LA A LR LA L LA AR RARE L L L L LA LY,

Numerical value means the
value Ignoring any slgn, 80
~40 Is numerically larger
than -30.

Total entropy change | '/



Chemical potentlal Is simllar
to gravitational potential
energy, but applied to
chemical changes.

As the reaction is spontaneous, the negative value of AS,,,, must be outweighed by
the positive value of AS,ymem:

All three of the above examples are thermodynamically spontaneous. The activation
energies are low and so all three reactions take place rapidly at room temperature,

They are examples of reactants that are thermodynamically and kinetically unstable
relative to their products,

» A positive AS,,,, means that the reactants are thermodynamically unstable relative

to the products.
® A negative AS,,., means that the reactants are thermodynamically stable relative

to the products.

e A small activation energy means that the reactants are kinetically unstable relative
to the products.

e A large activation energy means that the reactants are kinetically stable relative to

the products,

Free energy, G
The free energy measured at constant pressure is called the Gibbs free energy (or Gibbs

function), symbol &, and is named after the American scientist ]. Willard Gibbs. Itisa
measure of the chemical potential, u, that a mole of a substance has when on its own,

It 15 defined as:
G=H-TS

where H is the enthalpy of the substance and S its entropy. T is the temperature in
kelvin,

When 1mol of substance A reacts to form 1mol of substance B, the change in free
energy is given by:

AGe=CR—-GCR =(HR - TSR — (H} — TS%®)
which becomes:

AG® = AH® - TAS®
where AS® is the entropy change of the system,

For spontaneous processes, the value of AG® is negative, as the
change is from a position of higher chemical potential to one
at a lower chemical potential., This is similar to a rock rolling
down a hill. The rock loses potential energy, so A(potential
energy) is negative,

In equilibrium reactions, the position of equilibrium is where the
system has minimum free energy. This is shown in Figure 3.14.

The compogition of the equilibrium mixture is given by the
; minimum in this curve, If there is more A in the system than

100%A ! 100%B that at the minimum, the reaction will proceed from A to
_| Composition B until equilibrium is reached. Likewise if there is more B
Equilibrium in the mixture, the reaction will proceed from B to A until

Figure 3.14 The change of free energy as A changesto B equilibrium is reached.
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AG*® and total entropy change
The relationship between total entropy change and the entropy changes of the
system and surroundings was given on p. 76.

AS T AER v + A5T i ™ AS S
Multiplying both sides by —=T;
~TAS®,, = AH — TASS, 0
But the definition of AG 1s:
AG® = AH - TASS um
This gives the relationship between AG and AS__, ;:
AG® = -TAS®,,
For a spontaneous change AG*® < O
AH® - TAS® <0
AH® < TAS®

This important inequality expresses the criterion for spontaneous change solely in
terms of the system and so the subscript system can be dropped.

AH
T

Exothermic reactions will be spontaneous if:

e AS® is positive

or if

o AS® is negative but TAS® is less negative than AH®

An endothermic reaction will only be spontaneous if AS® is positive and TAS® is
more positive than AH®,

Direction of change
This can be predicted in one of two ways.

In terms of ASiq

If AS,.. is positive the change is said to be thermodynamically spontaneous
(thermodynamically feasible). Thusg the change will occur, providing that the
kinetics of the change are favourable, If AS,.,, is negative, the reverse reaction is
thermodynamically spontaneous. The value of AS,__, can be altered by altering

the temperature, For an exothermic reaction an increase in temperature will cause
AS, ., to become less positive, which in turn will make AS_ | less positive.

A positive value of AS,... 18 favoured by a negative value of AH and a positive value
of AS :
wystem

The relationship between total entropy change and the entropy changes of the
system and surroundings was given above:

AH®
AS?&“I - A‘S?yltim - T

For a spontaneous change AS®,,, = 0:

ASSu = AS e — —7— 2 0 (a positive number)

Tip

AG* is negative for any
spontaneous change.

(A ANAR L L L LR AR L Ll L]

The value of ASyyy 8IS0
determines the extent

of the reactlon. The more
positive Its value, the more

the position of equilibrium

will lle to the right as
ASigg = RINK (8€e p, B2),

Total entropy change
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The value of AG also
determines the extent of
the reactlon. The more
negative Its value, the more
the poslition of equilibrium
wiil lle to the right as

AG = -RTINK (see p. 82).

(AL A AR AR AR AR R 00D

the reactlon Involves liquid +
solld — two gases + liquid

(getting more random),
——
Tip
As both factors are
favourable, there is no

need to work out the

value of ASiy,. However,
the reaction may be too
slow (reactants kinetically
stable) at low temperatures.

"
Tip
As both factors are

unfavourable, there is no
need to work out the value

of ASigtal.

In terms of free energy

If AG is negative the change is said to be thermodynamically spontaneous. Thus the
change will occur, providing that the kinetics of the change are favourable. If AG is

positive, the reverse reaction is thermodynamically spontaneous,
A negative value of AG is favoured by a negative value of AH and a positive value of AS.

The relationship between AG and AH and the entropy changes of the system and
surroundings was given above:

AG*® = AH - TAS®
For a spontaneous change AG® < 0,

e S ——
Test yourself

8 State whether a reaction with a value of AG® = +23kJmol-! is
thermodynamically feasible.

Worked example 1

Comment on the feasibility of the following reaction occurring at a temperature of
208 K:

C,H.OHQ) + PCly(s) = C,H.Cl(g) + HCl(g) + POCL,(})
AH=-107kTmol™  AS,, o= +368 7K mol”

Answer

As AH is negative, AS,, will be positive. Both ASy, and AS;yqer, are favourable

(positive), so the reaction is thermodynamically feasible (spontaneous) at all
temperatures,

Worked example 2

Comment on the feasibility of the following reaction occurring at a temperature
of 208K

2C(s) + 2Hy(g) — H,C=CH,(g)
AH=+522kImol™"  AS, 0 =—184TK " mol™

Answer

Both AH and ASgy,0m are unfavourable, so the reaction will not take place.
Carbon and hydrogen are thermodynamically stable relative to ethene at all

temperatures.

[Lais ey e
Worked example 3

Comment on the feasibility of the following reaction occurring at a temperature of
208K:

1
Hy(g) + 50,(8) — H:00)
AH=-286kTmol"!  AS, 0 =—45JK " mol! ?
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Answer

AH is favourable (exothermic) but ASyyem is unfavourable (negative). The
reaction will take place only if AH/T is greater than ASyam.

AH
ASiou = Asrynlm + A5y = Asuynm __f_
==45JKmol ! = (-286000JK 'mol ')/2908 K =+915JK 'mol !
This is a positive value and so the reaction is thermodynamically feasible at
208K,

At very high temperatures the value of —=AH/T will become too small to overcome

the negative value of AS,ym and the reaction will not be feasible,

Standard free energy of formation, AGY

The standard free energy of formation is the change in free energy that occurs when
a compound is formed from its elements in their most thermodynamically stable states

under standard conditions of 100kPa (1 atm) pressure and a temperature of 298K, It
is the difference between the free energy of a substance and the free energies of its
elements in their most thermodynamically stable states at standard conditions,

The standard free energy of formation of an element in its standard state is zero, as is
the enthalpy of formation of an element in its standard state.

The standard free energy of reaction can be calculated from the standard free

energies of formation, It is the sum of the free energies of formation of the products
minus the sum of the free energies of formation of the reactants:

AG® = Z(AGPof products) = L(AG Pof reactants)

where X means the sum of all the substances, using their stoichiometry in the equation.

Table 3.11 Some free energy of formation data

stiumet o imar

Methane  CHy(g) HO@@)  -229

Ethane CqaHe(B) o Water HO() — -237

Ethanol CoHsOH(l)  -175 Carbon COs(@ -394
dloxide

Glucose CgHiz0g(8) —-911 carbon co(g) -33
monoxide

) ,
Worked example 1

Calculate the free energy change when 1 mol of glucose is burnt in excess
oxygen.
CH),04(s) + 60,(g) — 6C0O,(g) + 6H,0()

Answer
AG® = L(AGY of products) ~ Z(AGPof reactants)
= (6 x =394) + (6 x =237) = (=911 + 6 = 0) = 2875 kI mol !

BadddbdsBBiebbbbdcipdddBBORban

This reaction mixture

ls kinetically stable at
room temperature, Elther

a catalyst or & spark Is
needed for reaction to oceur,
Water decomposes Into Its

elements only at very high
temperatures,

[

Tip

Remember that the free
energy of formation of an

element in its standard
state is zero.

Total entropy change
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As the value Is
negative, this reaction
Is thermodynamically
spontaneous,

===
Tip
Remember that AS and R
are quoted in joules but
AH in kilojoules,

e
Tip

The standard free energy
of formation of an element
in its stable state is zero.

Free energy change for a reaction can also be calculated from enthalpy and entropy
data using the expression:

AG® = AH® - TAS®

b S aee ss =—= === e’}
Worked example 2

Calculate the standard free energy change for the reaction at 298 K.
C,H,OH(1) + PCly(s) — C,H,Cl(g) + HCl(g) + POCl,(])
Given AH® = =107 kJ mol-! and ASSystem = +368) K-1mol-2,

Answer
AGe= AH® - TAS®=~=107kImol!' —= 208K = 0.368kJK 'mol"!
=-216.7kImol"’

If AG is negative the change is said to be thermodynamically feasible (spontaneous).
Thus the change will occur, providing that the kinetics of the change are favourable.

However if the activation energy for the reaction is too high, the reaction is described
a8 being kinetically inhibited.

If AG 1s positive, the reverse reaction is thermodynamically feasible.

Calculation of equilibrium constant from thermodynamic data
From entropy data
The value of the equilibrium constant depends on AS®,;:

AS® ,=RIhK
where R is the gas constant, which equals 8.31 ] K 'mol™.,
So:

AS ?nul

InK = or K = gAS/R

The value of AS?,,, depends on the entropy change of the system and the entropy
change of the surroundings:

AS':III! - Asgnum + Asﬁtﬂnuﬁdiusl — Asgﬁ-m = AH/T
AS® .. and hence K depend on:

e the nature of the reaction, which determines AH® and ASS,,...
¢ the temperature at equilibrium

The value of K, does not depend on the pressure or the presence of a catalyst,

From free energy data
The standard free energy change for a reaction, AG® can be calculated from the

standard free energy of formation, AG§ or from AS®and AH® values.

The value of K can then be calculated using the expression AG®= -RTInK.
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Test yourself

9 Calculate the equilibrium constant at 208K of a reaction with a value of:
a) AG®=+23kJmol”*  b) AG® = -23kJmol-!

e e =l
Worked example 1

(from standard free energy of formation data)

Use the standard free energy of formation data in Table 3.11 (p. 81) to calculate
the value of the standard free energy change and hence the value of the

equilibrium constant K for the reaction below at 600K,
CO(g) + H,0(g) = H,(g) + CO,(g)
[R=831Tmol 'K™]

Answer
AG = ZAG; (of products) = LAG, (of reactants)
= =304 + 0 - (~33) - (220) = 132k mol"! —
=-RTInK Tip
InK = —AG/RT = —(=132 000 Tmol""}/(8.31 Tmol 'K x 600K) = 26.47 2“:;’1";;‘; ':::: :’:}"
K=gMRT =g2647=3 14 x 10! joules.

T e e e R — e e L[
Worked example 2

(from entropy and enthalpy data)
Hydrogen is manufactured by the reaction at 800°C.

CH,(g) + H,0(g) = CO(g) + 3H,(g)
Use the data below to calculate AG® and hence K at this temperature.
[R=8.31Tmol 'K']

aamort | 3/imoriic:

CHa(g) ~74.8 186.2
Hz0(g) -248.1 188.7
co(g) -110.5 197.6
H2(8) 0 130.6

Answer

AG=AH~-TAS

AH ==110.5 + 0 =(=74.8) — (~242.8) = +206.1 kI mol"!
AS=107.6+ (3 x 130.6) - (186.2 + 188.7) = 214.5 Tmol ' K™ = +0.2145 Jmol ' K'!
AG = +206.1 = (1073 x 0.2145) = ~24.1 kmol"' K" ==RTInk

InK = —(~24100 Jmol ')/(8.31 x 1073) = 2.698

K=" =140 Thermodynamically derived
values of K have no units,

Total entropy change



Tip

Both the explanations in
terms of AG® and that in
terms of AS§,; assume
that neither AH® nor
AS§stem change with a
change in temperature.

This is a reasonable
assumption,

Summary

The equilibrium constant, K, is linked to AG*® and to AS®,,,, by the expressions:
AG® = =RTInK
AS®.=RInK

Effect of a change in temperature on K and hence
on position of equilibrium

In terms of ASqiotal

: =]
ASSnt = A8 e = S5

If the reaction is exothermic, AH® is negative, so —AH®/T is positive,

If T increases, the value of —AH®/T becomes less positive (smaller), so ASZ,,
becomes less positive,

Because AS®,, becomes less positive, In K and hence K become smaller and the
position of equilibrium lies more to the left,

For an endothermic reaction, AH® is positive, so ~AH®/T is negative and gets less
negative at a higher temperature. This makes AS&,,, more positive (or less negative)
and so the value of K rises and the position of equilibrium moves to the right.

The logic of the explanation is:

1 What is the effect of the change in temperature on the value of AS®,,,,?

2 Hence what is the effect of the change in temperature on the value of K7
3 If K decreases (exothermic reaction) the quotient QQ is now larger than K,

4 The position of equilibrium moves to the left, making the quotient smaller until
the new value of @ equals the new value of K.

In terms of AG
AG® = AH® - TAS® = =RTInK

AS® AH®
Ink = R~ RT

o Ifthe reaction is exothermic, AH® is negative, so —AH®/T is positive,

o If T increases, the value of ~AH®/T becomes less positive (smaller),

e The right-hand side of the expression for In K becomes less positive, so In K and
hence K become smaller and the position of equilibrium moves to the left.

e For an endothermic reaction, AH® is positive, so —AH®/T is negative.

o If T increases, the value of =AH®/T becomes less negative,

¢ The right-hand side of the expression for In K becomes larger, so In K and hence
K become larger and the position of equilibrium moves to the right,

The logic of the explanation is:
1 What is the effect of the change in temperature on the value of ~AH®/T7?

2 Hence what is the effect of the change in temperature on the value of K7
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3 As K decreases (reaction is exothermic) the quotient Q is now larger than K.

4 The position of equilibrium moves to the left, making the quotient smaller until
the new value of Q equals the new value of K.

Change of feasibility
When AS,,.. 18 positive or AG*® is negative the reaction is said to be thermodynamic-
ally feasible, but it may not take place if the activation energy is too high.

A reaction is unfeasible if AS_, is negative or AG® is positive.

The change when an unfeasible reaction becomes feagible is when a negative AS, ..

becomes zero or a positive AG becomes zero. The temperature when this happens
can be calculated:

A = AS e — % =0 or AG=AH-TAS=0
AS, e ™ %‘f TAS = AH
AH o AH
T=—28— r=AH
A AS

e T e Ty &
Worked example 1

Calculate the temperature at which the decomposition of calcium nitrate
becomes feasible,

Ca(NO,),(s) = CaO(s) + 2NO,(g) + %‘01@

AS ysgem =+ 428.5 K mol™!

AH, =+360.7kJmol"!

Answer

The temperature is when AS = 0.
ASim = Miymm o %=
7=_AH _ (3697 x 1000Tmol) _ g3k = 590°C
AS,yuem  (+428.5JK " mol™)

LAA A AR AR LS L LA A RARARELSE LS

Do not try to explain the
effect of a change In
temperature In terms of

the change In AG as this
results In a very complex

explanation, especlally If AS
Is posltive,

Il
Tip
The term ‘spontaneous’ is

sometimes used in place
of ‘feasible’,

Tip

The value for magnesium
nitrate is 213°C.

This shows that

the decomposition

temperature of the group 2
nitrates increases down

the group.

Worked example 2
a) Calculate the Gibbs free energy change at a temperature of 435K for the
reaction below and comment on its feasibility,
PCl:(g) = PCly(g) + Cli(g)
AH,=+92kJmol"! AS=+182Tmol 'K
b) Calculate the temperature at which the reaction changes to becoming feasible.

Answer

1) AG = AH - TAS = +92 - 435 x 0.182 = + 12.8kJmol-1, so the reaction is
thermodynamically unfeasible as AG is positive,

b) The temperature will be when AG = 0.

AH-TAS=0

r=8H__92 _s;sK
AS 0182

Tip
Remember to have both
AH and AS in kilojoules,

Total entropy change



Tip

Remember that
endothermic reactions

have a positive AH.

Worked example 3

Calculate the temperature at which the following reaction becomes
thermodynamically feasible:

CaC0,(s) = Ca0(s) + CO,(g)

AH=+178kTmol”  AS, 0 =+1647K ' mol”

Ky xlem

Answer In terms of ASwta

AH is unfavourable (positive), but AS, uem i favourable (positive). Therefore, the
reaction will only be thermcdynamicalﬂr feasible when AS, .o i dreater than

AH/T.
A Asuyuum + A8y = Aslyﬂ-m - %
At a temperature of 208 K:

ASipa = +164TKmol ™! = (+178 000 JK ! mol 1)/208 K = =433 JK" ' mol !
This is a negative value and so the reaction is not feasible at 298 K.

As the reaction is endothermic, it will become spontaneous at a higher
temperature, The conditions at which it changes from being not feasible to being

feasible is when ASi,g = 0.
AH
Astuul=Asuynt--m = T =

An =

r=_AH _+178000Imol"

= = 1085 K (or 812°C
ASyem  +164TK mol’! ( )

Answer in terms of AG

AH is positive (unfavourable) and AS is positive (favourable). Therefore, the

reaction will only be thermodynamically feasible when TAS is more positive than
AH. The change in feasibility is when the two are equal.

TAS=AH
r=AH _ +178000 mol !
AS  +164JK 'mol™

= 1085K (or 812°C)

At A level, it 1s assumed that an increase in temperature results in a negligible change
in the value of AS, ..., because the entropies of the reactants and products change
by similar amounts. It is also assumed that the value of AH does not alter either.

These are good approximations unless there is a change of state of one of the species
between the two temperatures,

Thermodynamics gives no information about reaction rate. A thermodynamically

feasible reaction might have such high activation energy that it does not proceed at
room temperature.

Tip

At a higher temperature, the magnitude of AS,,, always gets smaller. Thus a negative AS,,,
becomes less negative and a positive AS,,, becomes less positive,
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B Solubility

Solubility of gases

Dissolving a gas always results in a negative AS, ., because the system becomes more
ordered. Therefore, for a gas to be soluble it must always dissolve exothermically (the
surroundings become more disordered). This means that the equilibrium:

Xig) = X(aq)

18 driven to the left by an increase in temperature. Gases, such as carbon dioxide, are
less soluble in hot water than in cold water.

CO,(g) = CO,(aq) AH negative

Solubility of solids
Contrary to the expected approach to entropy, dissolving solids does not always

result in a positive L\S?,mm (the system becoming more disordered). The solute
becomes more disordered as it goes from highly ordered solid to a more random
solution, but the solvent can become more ordered due to the forces of attraction
between solute and solvent. This is particularly the case when compounds containing
ions of high charge density dissolve in water (p. 62). AH®,, can be either negative
(hence the surroundings also become more disordered) or slightly positive (hence
the surroundings become slightly less disordered). The equilibrinm:

X () &= X(aq)

is driven to the left (less soluble) if AH®,, is exothermic and to the right (more
soluble) if AH®,, is endothermic.

Extent of solubility

Solubility of a solid is determined by the total entropy change for 1 mol of that solid.

. AH®,
ASE 1 = ASSem + ASS = ASQem + ——
total Ayt urr yit

For an ionic solid to dissolve significantly, AS®,,, must be positive. Its value depends
on both the entropy change of the system and the enthalpy change.

Entropy changes on dissolving an ionic solid
When ammonium chloride dissolves in water, the enthalpy change is +15kJ mol™.

This is endothermic and the systern moves spontaneously to a state of higher
enthalpy. The entropy of the surroundings decreases by 15000/298 = 50] K™ mol™ (&S‘,’m
= =50JK! mol™!). However, this is balanced by an increase in the entropy of the
gystem, as the ordered ammonium chloride lattice is broken down and the ions
are dispersed into the solvent. The value of AS§, . 18 +167J K™ mol™. The total

entropy change is:
ASRa1 = ASem + ASe = +167 + (=50) = +117JK™" mol™

This 18 a positive number and so the dissolving of ammonium chloride is
thermodynamically spontaneous,
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This can be demonstrated

by flling a burette with
water and then adding
some anhydrous aluminium
chloride or lron(im) chioride.
The volume of the water
shrinks noticeably as water
molecules bond to the lons

and become less randomly
arranged. The high charge

density of AI* lons means

that when aluminium
chloride Is dissolved,

Entropy of the surroundings

Because AS®,, = ~AH®,./T, the sign of the entropy change depends on the sign of
the enthalpy change:

e For endothermic enthalpies of solution, AS®,,, is negative.

» For exothermic enthalpies of solution, AS2,,, is positive,

Entropy of the system
This is made up of the entropy change of the solute and the entropy change of the
solvent:

ﬁsgm.m = ﬁs?ﬂlﬂt- + &Sgﬂ?iﬂt

When any solid solute is dissolved, its entropy increases as the particles go from
being arranged in a regular pattern in the solid to being distributed randomly in
the solution. This applies to both covalent substances, such as glucose, and to ionic
substances such as sodium chloride.

AS ?niuﬂ >0 (Asﬁulutl pDSitiVE)

In the case of many solutions, there is also an increase in the entropy of the
solvent as it becomes mixed with solute particles. However, when anhydrous ionic
substances are dissolved in water, there is also a considerable amount of ordering
of water molecules. The positive ions become surrounded by water molecules, as
the 6— oxygen atoms in the water bond with the positive cations. This makes the
O+ hydrogen atoms more positive, causing them to bind a second sphere of water
molecules. The extent to which this happens depends on the charge density of the
cation,

The charge density of the ammonium ion is small because the single positive charge
is delocalised over the whole ion and so the entropy of the water is not significantly
altered. The lithium ion, Li*, decreases the entropy of the solvent water to a greater
extent than the other group 1 iong, as its ionic radius 18 much smaller. The group 2
cations have a much larger charge density than group 1 ions, They are doubly

charged and, for each, the ionic radiug is much less than that of the group 1 ion
in the same period. The extent to which the AS®,,.. 18 negative (more ordered)

decreases as the group is descended. Thus barium ions, Ba®t, order the water less
than magnesium ions, Mg?*.

Negative ions also cause a slight ordering of water molecules, as the negative ions are
surrounded by 6+ hydrogen atoms in water molecules.

For the process:
ionic solid + water — aqueous ions
the following assumptions can be made:

o Dissolving group 1 compounds, ammonium compounds and silver compounds
causes only a small change in the entropy of the water, so ﬁsgﬂm 15 always
positive as these all contain singly charged cations.

¢ Dissolving compounds containing doubly charged cations, such as those of the
group 2 metals, causes a large decrease in the entropy of the water, so AS ’:’mm 18
negative.
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It is possible to calculate the value of AS,Y“M It has been estimated that ASS,,., for

digsolving ammonium chloride in water is +167 K™ mol™; the theoretical value for
barium sulfate is =104 K~ mol~!,

Some enthalpy and entropy changes for ionic solids dissolving in water, i.e, for the
change at 298K

MX(s) + aq = M"*(aq) + X" (aq)
are shown in Table 3.12.

It can be seen from the table that all the compounds containing singly charged
cations have a positive asgm. This is the main reason why group 1 compounds
are water soluble, the exception being lithium fluoride. This is caused by the fluoride

ion forming strong hydrogen bonds with water molecules and by the high charge
density of the small Li* ion. Both these factors cause a more ordered arrangement of

the water molecules. Silver chloride is insoluble in spite of the favourable AS® sy stom?
because its AS®,, is highly endothermic.

Table 3.12 Enthalpy and entropy changes for ionic solids dissolving in water

Substance | AHSw/ m..,/ AS foral/ Solubliity
kJmol-t mol' JK-1mol-1

LICK(s) ~37 +124 +11 Soluble
Nacl(s) +4 -13 +43 +30 soluble
KCi(s) +17 -57 +77 +20 soluble
LIF(s) +5 -17 -37 -54 Insoluble
NH,CI(s) +15 -51 +167 +116 soluble
AgCI(s) +66 -221 +33 -188 Insoluble
MgsSOys)  -91 +305 -213 +92 soluble
Cas0,(s) -18 +60 ~145 -85 Insoluble
Bas0,(s) +19 -85 -104 -169 Insoluble
CUSO,(8) -73 +245 -192 +53 Soluble

The reverse is true for compounds containing doubly positive cations. All have a
negative :&ngm. This is why many of their compounds (carbonates, phosphates
and hydroxides) are insoluble. They are only soluble if the enthalpy of solution is
sufficiently exothermic. This is the case with magnesium sulfate and copper sulfate,

but not with calcium sulfate. For barium sulfate, AH®,,, is endothermic and AS® systam
18 negative, 0 it is extremely ingoluble,

The relationship between enthalpy of solution, solubility and the entropy of the
gystem is summarised in Table 3,13,

LLA AR A AR R I AR R AR LR LY

The substances with an

exothermlic AH%on are
shown In red; those with

an endothermic AH%qn are
In blue,

[

Tip

Exothermic indicates

@ positive ASS,
endothermic indicates a
negative ASS




Table 3.13 Enthalpy, solubility and entropy

Endothermic (+) Soluble Must be more positive than AHggn/T
Endothermic (+) Insoluble Negative or less positive than AHgqy,/T
Exothermic (-) Soluble Positive or less negative than AHggn/T
Exothermic (=) Insoluble Must be more negative than AMson/T

Solubility trends in a group
The enthalpy of solution of an ionic solid can be calculated by means of a Hess's law

cycle (p. 66). The reason for the trend in the value of AH®,,, is found in the way that
the lattice energies and hydration energies change down a group.

The enthalpy of solution is a balance between lattice energy and the sum of the
hydration energies of the ions:

AH,,, = —lattice energy + sum of the hydration energies of the ions
In any group of the periodic table:

@ The lattice energies become less exothermic as the group is descended.
@ The hydration energies of the cations become less exothermic down the group.

Therefore, the change in AH,_;,, down the group is determined by which quantity
shows the greater decrease,

If the lattice energy decreases more than the hydration energy, the process of
dissolving is more exothermic (or less endothermic).

The lattice energy and hydration enthalpy values for group 2 hydroxides and sulfates
are shown in Table 3.14.

Table 3.14 Lattice energy and hydration enthalpy values for group 2 hydroxides and sulfates,

Substance Lattice energy/kimol=t | Hydration enthalpy of
cation/kJ mol-*

Mg(OH)2(s) -2842 -1920
Ca(0OH)y(s) -2563 -1650
Sr(OH)y(s) -2364 ~1480
Ba(OH)y(8) -2228 -1360
Change down the group 614 6560
MES04(s) -2874 -1920
Cas0y(s) -2677 -1680
Sr80,(s) -2516 ~1480
BasS04(s) -2424 -1360
Change down the group 450 660
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Table 3.14 shows that, for the hydroxides of group 2, on descending the group there
is a greater change in lattice energy than there is in hydration enthalpy. This results
in the enthalpy of solution becoming steadily more exothermic.

The lattice energy changes more than the hydration enthalpy because of the way in
which the two factors depend on the ionic radius:

¢ The hydration energy of a cation depends upon its charge density — the charge
divided by the radius.

e The lattice energy depends upon the charges of the two ions multiplied together
divided by the sum of the two ionic radii — {r(+) + (r(=)}.

¢ The OH™ ion is a small anion, similar in size to the group 2 cations. Therefore,
the value of {r(+) + (=)} increases considerably as the value of the radius of the
cation, r(+), increases.

The opposite is true for the group 2 sulfates. The sulfate ion is much larger than any
of the group 2 cations. Therefore, as r(—)>> r(+), the value of {r(+) + r(—)} changes
by only a small amount, This means that the decrease in the magnitude of the lattice
energy is more than the decrease in the magnitude of the hydration enthalpy of the
ions, This makes the enthalpy of solution increasingly less exothermic as the group
18 descended.

The values of AH®,,, are shown in Table 3.15.

The value of AH®,, is not the only factor determining solubility. The other factor
is the change in entropy of the system. For many ionic solids, this is difficult to
determine accurately. A guide is the relative entropy values of the ions, which are
also shown in Table 3.15. Note how the entropy of the ion increases as the ionic

radius increases.

Solubility of group 2 hydroxides

Table 3.15 Enthalpy and entropy changes involved in dissolving ionic solids — group 2 hydroxides

Substance BSSyy = AHSy/T | Hydrated lon | Relative* entropy
K-t mol-1 value of hydrated
| 7 lon/J K- mol-*

Mg(OH), +3 -10 Mg2+(aq)

Ca(OH); -16 +54 ca**(aq)

Sr(OH)y -46 +154 Sr¥*(aq)

Ba(OH), -62 +174 Ba®*(aq) +10

Change down More =184, 80 more Change down -148, s0 more
the group exothermic llkely to dissolve  the group from  likely to dissolve
from Mg to Ba Mc’?gq} to Ba®*

*The values of the entropy of hydrated lons are relative to the value for H+(aq)

The enthalpy of solution becomes more negative down the group. This means that
AS®.. becomes more positive and so favours solubility. The change in the entropy

of the cation gets less negative and this also favours solubility. As both factors
favour an increase in solubility, barium hydroxide is more soluble than magnesium

hydroxide.




Solubility of group 2 sulfates

Table 3.16 Enthalpy and entropy changes involved in dissolving ionic solids — group 2 sulfates

Substance AH Yoin/ Hydrated lon Relative® entropy
kimol-1 value of hydrated
lon/J K-2mol~4

MgS04 -81 Mg**(aq)

Casoy -18 Ca?*(aq) -53

81804 -9 Sr¥(aq) -33

Baso, +19 Ba?+(aq) +10

Change down Less -368, s0 Change down the +148, 50 more
the group exothermic  less llkely to  group from Mg?*(aq)  likely to dissolve
from Mg to Ba dissolve to Ba?+(aq)

*The values of the entropy of hydrated lons are relative to the value for H*(aq)

The enthalpy of solution becomes less negative down the group. This means that
AS®  becomes less positive and, therefore, favours insolubility. The change in the

entropy of the cation gets less negative, which favours solubility, but the change
in entropy of the hydrated cation (148 K" mol™) is much less than the change in
entropy of the surroundings (368] K™'mol™). This results in the solubility of the
sulfates decreasing down the group.

l Melting and boiling points

At equilibrium, the value of AS®,, is zero. At 0°C, there is equilibrium between ice
and water. The ice does not melt, nor does the water freeze, unless heat is added to
or taken from the system. Neither direction is thermodynamically feasible, so the
two forms of water remain in equilibrium:

as’mui - a‘slyiel:m e ﬁsluﬂ‘

= AH
= ASvien = —;F- =0
AH AH
AR ® = B e
T AS yyutum

AH for ice melting = +6012] mol™

AS,yiem = S(water) = S(ice) = +22]JK ™' mol™
AH _ _ 6012

Ao 22

AH for water boiling = +40700] mol™

AS,yem = S(steam) — S(water) = +109J K™ mol™

AH _ _ 40700
ASpppem 109

It can be seen from the expression T'= AH/AS that the melting or boiling temperature
depends upon the amount of energy required for the change of state. This explaing

melting temperature of ice = = 273K =0°C

= 373K = 100°C

boiling temperature of water =
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why boiling and melting temperatures depend on the strength of the forces between
the particles:

strong force = large amount of energy needed to separate the particles
= high melting or boiling temperature

Summary

e The reactants are thermodynamically unstable relative to the products if AS,...1
for the change is positive or AG 1s negative. This means that the reaction is
thermodynamically feasible.

¢ Endothermic reactions can happen only if the entropy change of the system is
positive,

¢ Endothermic reactions are more likely to take place at higher temperatures.

¢ Exothermic reactions are always thermodynamically favourable if the entropy
change of the system is positive,

e Exothermic reactions are thermodynamically favourable even when the entropy
of the system 1s negative, if the entropy change of the surroundings outweighs the
entropy change of the system,

Summary tasks
Make sure that you can:

¢ define lattice energy and electron affinity
o define enthalpy of atomisation, hydration and solution
o draw and interpret Born—-Haber cycles

o explain the factors that affect the value of lattice energy
e explain the extent of covalency in ionic compounds

Make sure that you:

can calculate AS, .., using the data booklet and AS,,,, from enthalpy data
know the relationship between AS, .1, AS,yem A0 AS,ounding

realise that reactions producing a gas have a positive AS, em
understand that the magnitude of AS,  decreases as the temperature rises

know that for a reaction to be thermodynamically feasible, AS,,. must be positive
or that AG must be negative

realise that a feasible reaction may not take place if the activation energy is too high
can calculate the temperature at which a reaction becomes feasible

can calculate AH,ui0n ©f l0nic compounds from lattice and hydration energies
know and can explain the trends in solubility of group 1 and 2 compounds

can explain the extent of solubility and the effect of a change in temperature on

solubility

Melting and bolling points



J Questions

1

N

4

Use the data in Table 3.9 on p. 73 to calculate the
thermodynamic feasibility of the following reaction
at 298 K.

Na(g) + 3H(g) = 2NH;(g) AH = =92k mol™

Hydrated barium hydroxide reacts with solid
ammonium chloride according to the equation:

BﬂClz(ﬁ) + 10H10{]} N ENH_:‘(E)

The total standard entropy change at 298K,
AS®.. = +150] K 'mol™.

Some enthalpy and entropy data are given in the table,

of formation/ |
Ba(OH);-8H,0(s) | ~3245
NHACI(s) -315 92
BaCly(s) -860 130
Hz0(1) 286 70
NHa(g) 46 103

Ulse the data to:

a) Calculate AH® for this reaction.

b) Calculate AS,,;m and hence calculate the standard
entropy of hydrated barium hydroxide,

The reaction between hydrogen and oxygen does
not take place at a temperature of 298 K.

. 1 .
Ha(g) + 5 Oa(8) = Hz0()
AH = -286 k] mol~!

Use the data above and those in Table 3.9 on page 73
to explain the concepts of thermodynamic stability
and Kinetic inertness,

Draw a Hess's law diagram, and use it together with
the data here, to calculate AH,,;,, of lithium fluoride,
LiF. Comment on the likely solubility of lithium
fluoride in water.

oy change/kimol+

AHnyal LI*(8))

AHnya(F(8))
AHjau(LIF(8))

0 3 Energetics Il (Toplc 13)

& Draw a Hess's law diagram for dissolving calcium
chloride. Use it and the data here to calculate
AHy, 4 of a chloride ion, CI™.

AHma(Ca®* (g)) -1660
AHign(CaCly(s)) -2237
AHgoin(CaCly(s)) -83

& Study the data in the table.

MgFy(s) -18 Mg?*(aq) | -138
CaFy(s) +13 Ca?taq) | -66
AgB(s) +85 Br(aq) | +57
Agl(s) +112 aq) [ +111

a) Use the data to suggest and explain the relative
solubility of the group 2 fluorides, magnesium
fluoride, MgF,, and calcium fluoride, CaF,.

b) Use the data to suggest and explain the relative
solubility of the silver halides, silver bromide,

AgBr, and silver iodide, Agl.

7 State and explain whether H,O(l) at 100°C has a
higher or lower entropy than H,O(g) at 100°C,

8 Use the following equations to state and explain
whether the reactions result in an increase or
decrease in the entropy of the systems:

1 _
a) SO,(g) + 502(8) — SOs(g)
b) CaCO5(s) — CaO(s) + CO,(g)
¢) NHgNO;(s) + ag = NH *(aq) + NO3~(aq)

9 a) Calculate AS, .y for the following reaction at

B5°C;

N,O,(g) = 2NO,(g) AH = +57.4k] mol™!
Compound  Entropy, S, at 85°C/J K-1mol-1
N204(E) 325
NO2(g) 266

b) Calculate AS,., for the reaction at 85°C.,
¢) Comment on the feasibility of this reaction.

o) Explain the term thermodynamic stability
with reference to this reaction.



Exam practice questions

1 a) Predict which of the following changes,
W to Z, will take place at a temperature of
208K.
[change T aH/Ki moi-T T ASuten/IK-mol~ |
- -170 +600
=170 | =600
+170 -600
+170 +600

A Wonly C Yand Z only

B X only D W and Z only (1)
b) Dinitrogen tetroxide decomposes

spontaneously at 50°C:

NO4(g) = 2NOy(g)  AH = +58k] mol™
State and explain the sign of AS, ., for this
reaction, (3)

(Total 4 marks)

2 a) i) Which will have the greatest effect on
the value of the lattice energy of an ionic
solid? (1)
A both iong having a high charge and a
large radius

B both iong having a high charge and a
small radiusg

C both ions having a low charge and a
small radius

D both iong having a low charge and a
large radius

il) Which factors maximise the solubility of
an ionic solid MX? (1)
A a large negative lattice energy and a
large negative sum of AH}, 4. i0q Of the
iong
B a small negative lattice energy and a
large negative sum of AH, 4ien Of the
ions
C alarge positive lattice energy and a small
negative sum of AHyy g OF the ions
D alarge positive lattice energy and a large
negative sum of . of the ions
b) Use the data below to draw a Born—-Haber
cycle and hence calculate the lattice energy
of magnesium fluoride, MgF,. (4)
AH, for magnesium = +150k] mol™!
AH, for fluorine = +79k] mol™!
1st ionisation energy for magnesium =
+736 k] mol™!

2nd ionisation energy = +1450k] mol™
electron affinity for fluorine = =328kJ mol™!
AH; for MgF,(s) = =1102kJ mol™
¢) i) Use your answer to (b) and the data
below to calculate the enthalpy of
solution of MgF,. (3)
AHyyesion OF Mg** (g) = =1920k] mol™
AH,ygension Of F7(g) = =506 k] mol ™
il) What does your answer to (c) (i) tell
you about the solubility of magnesium
fluoride? (1)
d) Which substance will have the greatest
difference between the experimental (Born—
Haber) and the theoretical lattice energies? (1)
A sodium fluoride, NaF
B sodium chloride, NaCl
C calcium oxide, CaO
D calcium sulfide, CaS
(Total 11 marks)

3 Methanol can be manufactured by the reaction
of carbon monoxide and hydrogen

CO(g) + 2H,(g) = CH;OH(g)
AH = —-92k]mol !

a) i) Use the data below to calculate AS,...
of this reaction. Give a sign and units
with your answer, (3)

i) Comment on the sign of your answer,

(1)
iii) Calculate AG® for this reaction at
208 K. Give a sign and units with your
answer. (3)
iv) Comment on the feasibility of this
reaction, (1)
v) Explain why this reaction is not
observed at a temperature of 298K, (1)
b) Use your answer to (a) (iii) to calculate the
equilibrium constant, K, at a temperature
of 208 K. (3)
¢) Calculate the temperature at which the
feasibility of the reaction will change,  (2)
(Total 14 marks)

)




Tip

OIL RIG — oxidation is
loss; reduction is gain.

r—
Tip
Half-equations must

balance for charge as well
as for numbers of atoms.

o 4 Redox Il (Topic 14)

7 "
Year 1 topics
This topic assumes knowledge of the redox chemistry covered in the first year (AS)

of the A level course. There are some important concepts that must be revisited
before embarking on the new second year work.

The definitions of oxidation and reduction are as follows:

Oxidation is loss of electrons by an atom, lon or molecule or the
increase in oxidation number of an element.

Reduction is gain of electrons by an atom, ion or molecule or the
decrease in oxidation number of an element.

Oxidation numbers
Oxidation numbers can be worked out using a series of rules:

e The oxidation number of an uncombined element is zero.

» The oxidation number of the element in a monatomic ion is the charge on the ion.

e The sum of the oxidation numbers of the atoms in a neutral compound is zero,

¢ The sum of the oxidation numbers in a polyatomic ion equals the charge on
the ion.

e All group 1 metals have an oxidation number of +1 in their compounds, and all
group 2 metals have an oxidation number of +2 in their compounds.

e Fluorine always has the oxidation number =1 in its compounds.

# Hydrogen has the oxidation number +1 in its compounds, apart from when it is
combined with a metal, when the oxidation number is =1,

o Oxygen has the oxidation number =2 in its compounds, apart from in peroxides
and superoxides or when it is combined with fluorine,

A —— ——
Test yourself

1 Give the oxidation number of sulfur in:
a) HQS h) 5042" c) SgClg d) HQSOQ

onic half-equations

lonic half~equations always have electrons on either the left-hand side or the right-
hand side.

When zinc is added to dilute hydrochloric acid, the hydrogen ions are reduced to

hydrogen, because their oxidation number decreases from +1 to zero. The half-
equation is:

2H"(aq) + 2e” = H;(g)



As thig 18 a reduction reaction, the electrons are on the left-hand side of the half-

equation. The zinc atoms are oxidised to zinc 1ons, because their oxidation number
increases from zero to +2:

Zn(s) += Zn?*(aq) + 2e”
As this 1s oxidation, the electrons are on the right-hand side of the equation.

R EEEEE————————
Test yourself

2 Write the half-equations for:
a) the reduction of Cry0;2- ions in acid solution to Cr3 ions and water

b) the oxidation of iodide ions to iodine

Overall ionic equations

When half-equations are combined to give the overall equation, the stoichiometry
must be such that the numbers of electrons cancel. To do this, one or both half-
equations must be multiplied by integers so that the number of electrons is the

same in both, The two half-equations are then added together to get the overall
equation.

The total change in oxidation number of the species being oxidised is equal to the
total change in oxidation number of the species being reduced.

=S A — e e = L
Worked example

a) Write the half-equation for the oxidation of Sn?* ions to Sn** ions in aqueous
solution,

b) Write the half-equation for the reduction of MnO," ions to Mn®* ions in
aqueous acidic solution.

¢) Hence, write the overall equation for the oxidation of tin(i) ions by
manganate(vi) ions in aqueous acidic solution,

Answer

a) This is oxidation, so the electrons are on the right-hand side of the half-
equation, The oxidation number of tin changes by 2, so there are two electrons

in the half-equation:
Sn'*(aq) — Sn*'(aq) + 2e"

b) This is reduction, so the electrons are on the left-hand side. Five electrons are
needed because the oxidation number of manganese changes by 5 (from +7
to +2):

MnO, (aq) + 8H'(aq) + Se~ — Mn?'(aq) + 4H,0()

¢) Multiply the first equation by 5 and the second equation by 2 to obtain the

same number of electrons in each equation. Then add the two equations and
cancel the electrons. The overall equation is:

58n2*(aq) + 2MnO,"(aq) + 16H'(aq) — 5Sn*'(aq) + 2Mn?*(aq) + 8H,O()

Tip
State symbols must be
used in half-equations,

Tip
You should make sure

that both reactants are on
the left-hand side of the

overall equation,

Tip

Tin changes oxidation
number by 5 x 2 = 10
and manganese changes
oxidation number by

2 % 5= 10 as well,

4 Redox Il (Toplc 14



Test yourself

3 Use your answers to test yourself question 2 (p. 97) to write overall equations
for the reaction between acidified dichromate(vi) ions and iodide ions.

Year 2 topics

l Electrochemical cells

Figure 4.1 An electrochemical
cell of Zn/Zn** and Cu/Cu?*

 ERER AL R A IR R ])

A simple salt bridge Is a

strip of fiiter paper soaked In
saturated potassmm nitrate,

Tip

Oxidation and anode begin
with a vowel.

(ko aed]
Tip

Reduction and cathode
begin with a consonant.

4 Redox Il (Toplc 14)

When a piece of zinc is placed in a solution of copper(r) sulfate, a reaction takes
place in which the zinc is oxidised to zinc ions and the copper ions are reduced to
copper metal, This reaction can also occur without the copper ions and the zinc

atoms coming into contact (Figure 4.1).

Ammeter or voltmeter

Salt bridge, KCl(ag)

Electrons

-

Zinc sulfate ey Copper sulfate

solution T o= solution
Oxidation Reduction
In == In?* 4 2e” Cu* 4 2e~==Cu

On the surface of the zinc rod
The zinc rod is in equilibrium with the solution of zinc ions:

Zn(s) = Zn**(aq) + 2e”

Some of the zinc atoms in the rod lose two electrons. The zinc ions formed go into

solution and the released electrons stay on the rod, making it negatively charged.
The process is oxidation, ag zinc atoms have lost electrons.

In electrochemical cells, where a chemical reaction causes electricity to be produced,

and in electrolysis, where electricity causes a chemical reaction, oxidation occurs at
the anode and reduction at the cathode. This means that the zinc rod is the anode,

On the surface of the copper rod

The copper ions are in equilibrium with the copper rod:
Cu**(aq) + 2e~ = Cu(s)

The copper ions in the solution take electrons from the copper rod, which makes the
rod positively charged.

As reduction (of copper ions) takes place at the copper rod, it is called the cathode.



This sets up a potential difference (emf) between the two metal rods. A current will
flow when the rods are connected by a wire and the solutions are connected by a
salt bridge, which contains a concentrated solution of an inert electrolyte, such as
saturated potassium nitrate or potassium chloride,

The current is carried in the solution and in the salt bridge by the movement of the
ions. The anions (e.g. SO~ and CI” or NO,;") move towards the anode and the

cations (e.g. Zn?* and K*) move towards the cathode. In the external circuit (the
wire), the current is carried by the flow of electrons from the negative zinc rod to
the positive copper rod, which is from left to right in Figure 4.1.

At first sight, it appears that negative SO,* jons are being attracted to the negative
zinc anode, In fact, the solution around the anode has an excess of positive zinc ions

and it is these that attract the negative SO,?~ ions in the solution. (Remember that
anions always go to the anode)

The convention for diagrams such as that in Figure 4.1 is to put the electrode at
which oxidation is taking place (the anode) on the left.

B Electrode potentials

Standard electrode potential, E®

Standard electrode potential is also called the standard reduction potential, because the
equation is normally written as a reduction halt-equation with the electrons on the left.

A zinc rod dipped into a solution of zinc ions generates a potential relative to
the solution. However, an electric potential cannot be measured. To avoid this

problem, the electrode potential difference is measured against another electrode.
By convention, the standard electrode potential of hydrogen is defined as zero.

The term standard means that;

o all ions in the solution are at a concentration of 1.0moldm™3
o all gases are at a pressure of 100kPa (1.0atm)
» the system is at a stated temperature, usually 298K (25°C)

For metals, the standard reduction potential is for a piece of the metal dipping into
a 1.0moldm™ golution of its ions. For zinc it is written either as:

Zn**(aq) + 2e” = Zn(y) E®=-076V
or as:
Zn**(aq) | Zn(s) E® = -0.76V

If the substance is a gas, such as hydrogen or chlorine, the electrode consists of a
platinum plate dipping into a 1.0moldm™ solution of ions of the element with the
gaseous element, at 100kPa pressure, bubbling over the surface of the platinum. For
example, a platinum electrode dipping into a 1.0moldm™ solution of H* ions with
hydrogen gas at a pressure of 100kPa bubbling over the platinum.

If the reduction involves two cations — for example, M** being reduced to M?* —
the electrode consists of a platinum rod dipping into a solution containing M** jons

and M?* ions, both at a concentration of 1.0moldm™, An example is the reduction
of Fe?* to Fe?t with both ions at a concentration of 1.0moldm™3,

Fedt(aq) + e~ &= Fe?*(aq) or Fe3*(aq), Fe**(aq) | Pt E® =+077V

Tip

The ions in the salt

bridge must not form a
precipitate with the ions in
the cells.

LEI AR AR XTI EERRRERRRRERTS]

Remember that, In
electrochemical cells,
oxldatlon occurs at the
anode, which becomes
negative, and reduction
occurs at the cathode which
becomes positive,

bhddahbbbbdbddddbbd bbb b ddd

The oxidised form of the
couple Is written on the left,

followed by an equilibrium
sign or a vertical line and

then the reduced form Is
written on the right,

Electrode potentlals
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For manganate(vi) ions/manganese(ir) ions in acid solution, a platinum electrode

dipping into a solution containing MnO,~, Mn®* and H" ions, all at a concentration
of 1.0moldm™ is used.

MnO;™(aq) + 8H"(aq) + 5¢~ = Mn**(aq) + 4H,0O(l)
or [MnO,; (aq) + H'(aq)], Mn?**(aq) | Pt  E®; = +1.51V

Types of electrode

Standard hydrogen electrode (SHE)
A standard hydrogen electrode consists of hydrogen gas at 100kPa pressure

bubbling over a platinum plate, which is dipping into a solution that is 1.0 moldm™
in H* ions (such as 1.0moldm™ HCI), at a temperature of 208K,

H*(aq) + ¢~ &= %H;(g) E® =0V
ar
H*(aq) |-_’,—1—1,(g), Pt E®=0V

A standard hydrogen electrode (Figure 4.2) should always be drawn on the left in
a diagram of the apparatus for measuring a cell potential or written on the left in a
cell diagram.

Calomel electrode

A standard hydrogen electrode is not easy to use, so a secondary standard is normally
used as the reference electrode, This is a calomel electrode, which consists of
mercury in contact with a saturated solution of mercury(r) chloride (Figure 4.3).
This has a reduction potential of +0.27 V.,

Fora Zn | Zn?* electrode joined to a calomel electrode:
E&,) = E(calomel) — E®(Zn?* | Zn)

where E®(Zn?* | Zn) is the standard reduction potential of zinc ions to zinc and
E?.u = +1.03V.

E®(Zn?t | Zn) = E(calomel) — E®, = +0.27 — 1.03 = -0.76V

Platinum wire s
M
™ wl
Hydrogen gas
at 100kPa Saturated mercury())
e chloride salution
Mercury
\ . Sintered Soiid'mercuqﬂ)
| glass chloride
1.0 mol dm™ HC| discs
- — 5 aturated potassium
Platinum _‘_H chloride solution
electrode |

Figure 4.2 A standard hydrogen Figure 4.3 A calomel electrode
electrode



Using a calomel electrode

Glass electrode
A pH meter utilises a half-cell that is based on the reduction of hydrogen ions:

| W |
H"(aq) + ™ = H;(g)
which is linked to a reference electrode, such as a calomel electrode.

The potential of the H* | %H; half=cell depends on the concentration of H* ions.

This means that the voltage produced is a measure of [H"] and therefore of the pH
of the solution. The hydrogen half-cell, which acts as an H* | —H; system, is called
a glass electrode.

Measurement of electrode potentials

Standard electrode potential of a metal

The standard electrode potential of a metal is measured using the system illustrated
in Figure 4.4, The hydrogen electrode should be drawn on the left and then the sign
of the standard electrode potential is the sign of the right-hand electrode.

Salt bridge, KCl(ag)

Hydrogen gas -

at 100 kPa — Iron electrode

Platinum electrode - |
1.0 mol dm™? HCI

1.0 mel dm™ FeSO,

Figure 4.4 Measurement of the standard electrode potential of iron

The metal is dipping into a 1.0moldm™ solution of its ions with a salt bridge of

saturated potasgium nitrate to a standard hydrogen electrode, SHE, or a calomel
electrode. The two are connected externally by a high-resistance voltmeter or a

potentiometer. The high resistance means that little reaction takes place and so the
concentrations of the ions involved remain approximately constant,

Using the apparatus shown in Figure 4.4, the iron electrode would be negative and
the voltimeter would read 0.44V,

Electrode potentlals
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Tip
Remember that the sign
of E & is the sign of the
right-hand electrode.

=
Tip
A potential can never be
measured, only a potential
difference. This is why

the Fe”*(aq)|Fe(s) cell is
coupled to a standard

hydrogen (or calomel)
electrode.
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Tip
A reference electrode has to be used, as a potential cannot be measured. There has to be a
potential difference. A salt bridge is used to complete the electrical circuit.

The convention for all electrode systems is that:
E®, = E®(right-hand electrode) — E®(left-hand electrode)

The iron electrode is negative relative to the hydrogen electrode and so the electrons
flow from the iron electrode to the hydrogen electrode.

The standard electrode potential of iron is:
E®) = —044V = E®(Fe*" | Fe) — E®(standard hydrogen electrode)
= E®(Fe®* | Fe) = 0
So the standard electrode potential of the Fe?* | Fe system = —0.44V,
Thig information can be written as a half~equation:
Fe?*(aq) + 2e~ = Fe(s) E® = -0.44V
or as:
E®(Fe* (aq) | Fe(s)) = —0.44V

Copper and other metals below hydrogen in the electrochemical series have positive
standard electrode potentials,

Ifa calomel electrode -(E"" =+0.27 V) is used in place of a standard hydrogen electrode,
the measured cell potential, E®,, is 0,71 V and the iron electrode is negative,

The standard electrode potential is then calculated as:
E®, = =071V = E®(right-hand electrode) = E®(left-hand electrode)
-0.71V = E®(Fe?* | Fe) — E(calomel electrode)
E®(Fe** | Fe) = E®,, + E(calomel electrode) = —0.71 + 0.27 = —0.44V

Standard electrode potential of a gas
If the standard electrode potential of a gas such as chlorine is required, the iron
electrode compartment in Figure 4.4 1s replaced by a compartment with a platinum
plate dipping into a 1.0moldm™ solution of sodium chloride, with chlorine gas, at
100 kPa pressure, bubbling over the platinum.,

%Cl;(g} + e~ = Cl"(aq) E® = +1.36V
Standard electrode potential of an ion pair
Manganate(vir) is a powerful oxidising agent in acid solution. The half-equation is:

MnO,~(aq) + BH*(aq) + 5e~ = Mn?*(aq) + 4H,0(])

One electrode compartment is made of a piece of platinum dipping into a solution
that is 1.00moldm™ in MnO,~, H* and Mn** ions. This is connected to a standard
hydrogen or calomel electrode, as in Figure 4.5.

[MnO,~(aq) + BH*(aq)], [Mn2*(aq)+ 4H,0(1] | Pt E® = +1.52V



or calome| electrode

: }Ta standard hydrogen

Salt bridge, KNO,(aq)

1.0 mol dm™ Mn2*

P'}ainu;n 1.0 mel dm™ MnO,~
RSt ~+—— 1.0 mol dm~? H+

Figure 4.5 Measurement of the standard electrode potential of MnO,4~|Mn?*

Comparative values of E®

Standard electrode potentials can be listed either in alphabetical order or in
numerical order. Alphabetical order has the advantage of easy use in a long list of

data. Numerical order lists the electrode potentials with the most negative first, then
in order of increasing value, finishing with the most positive,

The numerical-order method means that the weakest oxidising agent is the left-
hand species at the top of the list (Li*(aq) in Table 4.1 on p. 104) and the strongest
reducing agent is the right-hand species at the top of the list (Li(s) in Table 4.1).
Similarly, the strongest oxidising agent is the left-hand species at the bottom of the
list (F,(g) in Table 4.1) and the weakest reducing agent is the right-hand species at
the bottom of the list (F (aq) in Table 4.1).

e = R
Test yourself

4 Refer to Table 4.1 and select:
a) the strongest oxidising agent c) the strongest reducing agent
b) the weakest oxidising agent d) the weakest reducing agent

Non-standard conditions

[f the conditions are not standard, the value of the electrode potential will alter. The
direction of change can be predicted using Le Chitelier’s principle.

Change in concentration
Consider the redox half~equation:

Cr;O%~(aq) + 14H*(aq) + 6e~ = 2Cr'*(aq) + TH,0O(l) E® = +1.33V

If the concentrations of dichromate(vi) ions or of hydrogen ions are increased
above 1.0moldm™, the position of equilibrium is driven to the right. This causes
the value of the electrode potential, E, to be more positive than the standard value:
E>+1.33V.

Consider the redox equilibrium:
%Cl;(g} +e"+=Cl"(aq) E®=+136V

If the concentration of chloride ions is increased, the equilibrium position will shift

to the left. This causes the value of the electrode potential, E, to be lower than the
standard value: E < +1.36V,

This can have a serious effect on the spontaneity of a reaction,

RAAdAdpddddBbdbidbahddiddddans

These are written as
reduction halfequations,

(===}
Tip
In the A level exam a data
book is supplied and

this lists the standard
electrode potentials in &
numerical list.

Electrode potentlals



Table 4.1 Standard electrode potential values at 208 K

T ———— (T
Electrode teaction Electrode reaction

Ag*(aq) + e = Ag(s) +0.80 | 1+aq) + e~ = Lis) -3.04
AP*(aq) + 38~ = Al(s) -1.66  Ba%(aq) + 2e- = Ba(s) 2,00
Ba?*(aq) + 26~ = Ba(s) -2,90 Cca2+(aq) + 26~ = Ca(s) .87
FBn() + e~ = Br(aq) +1.07  A%(aq) + 3e- = Al(s) -1.66
Ca?*(aq) + 2e~ = Ca(s) ~2.87  zn?%(aq) + 26~ = Zn(s) -0.76
Lciy(g) + e~ = CI~(aq) +1.36  pa2+(ag) + 26~ = Fe(s) -0.44
HOCI(aq) + H*(aq) + e~ = %m,(g; + Ha0(1) +1.64 Cr¥*(aq) + e~ = Cr*(aq) -0.41
Cri+(aq) + e- = Cri+(aq) ~0.41 Sn**(aq) + 2e~ = Sn(s) -0,14
Cr,0,2-(aq) + 14H*(aq) + Be- = 2Cr3*(aq) + TH,0() +1.33 H'BA+e" = FH2(8) 0.00
Cu*(aq) + e~ = Cu(s) +0.52 S(s) + 2H*(aq) + 2= H,5(g) +0.14
Cu*(aq) + 26~ = Cu(s) +0.3¢ Cu®(aq) + e~= Cu*(aq) +0.16
cu?*(aq) + e~ = Cu*(aq) +0,15 Sn*(aq) + 2e- = Sn?*(aq) +0,16
SFa(g) + &~ = F-(aq) +287 Cu*(aq) + 2~ = Cu(s) +0.34
Fe?*(aq) + 20~ = Fe(s) _0.44 702(8) + Hz0(l) + 26~ = 20H-(1) +0.40
Fed*(aq) + e~ = Fe?*(aq) +0,77 Cu*(aq) + e~ = Cu(s) +0.52
H+(aq) + e- = %-Hg{g) 0.00 -%-l:(a} + e~ = I(aq) +0.654
-}la[a} + e~ = I~(aq) +0.54 Mn047(aq) + e~ = Mn0,?~(aq) +0.56
Li*(aq) + e = LI(s) _3.04 Mn04~(aq) + 2H20(1) + 28~ = MnOz(s) + 40H-(aq) +0.59
MnO4-(aq) + 8H*(aq) + 5e~ = Mn?*(aq) + 4Hz0()  +1.52 ©2(8) + 2H*(aq) + 2e~ = H,0,(aq) +0.68
MnO,~(aq) + &~ = Mn0,%(aq) +0.56 fe¥(aq)+e- = Fe(aq) +0.77
Mn0,2-(aq) + 2H0(1) + 26~ == MnOy(s) + 40H-(aq) +0.50 AB'(aQ) + e~ = Ag(s) +0.80
5Hz05(aq) + H¥(aq) + e~ = H,0(1) +1.77  5Bry(l) + e~ = Br(aq) +1.07
2.0,(8) + 2H*(aq) + 26~ = H,0() +1.23  $0z(g) + 2H*(aq) + 26~ = Hz0(1) .43
L02(g) + H20(1) + 26~ = 20H~() +0.40 irgo-;"[aq) + 14H*(aq) + Be~ = 2Cr¥(aq) + 7THz0(l) +1.33
0,(g) + 2H*(aq) + 26~ = H,0,(aq) soes TR+ w Crag) +1.36
Pb4+(aq) + 2e- = Pb?(aq) +1.690 MnO47(aq) + 8H*(aq) + Be~ = Mn?*(aq) + 4Hz0(1)  +1.52
Sn24(aq) + 26~ = Sn(s) ~0.14 HOCI(aq) + H*(aq) + &~ = 3Cly(g) + Hy0() i
sn'*aq) + 2e~ = Sn**(aq) +015 Pb*(aq)+ 2e- = Pb?*(aq) +1.60
S(s) + 2H*(aq) + 26~ = HzS(g) +0.14  ZH02(aq) + H*(aq) + e~ = Hz0() +TT
Zn?(aq) + 26~ = Zn(s) ~0.76  FFag) + e~ = F(aq) +2.87

@ 4 Redox Il (Topic 14)



Change in pressure

A change in pressure affects gaseous reactants only. Oxygen acting as an oxidising
agent has the redox half-equation:

Osy(g) + 2H;0(1) + 4e~ & 40H (aq) E® = +040V

This assumes that the pressure of oxygen i1s 1.0atm. In air, this is not the case, The

partial pressure of oxygen in air is about 0.2atm. This drives the redox equilibrium
to the left, making E < +0.40V, Therefore, oxygen in the air is a less good oxidising
agent than pure oxygen. Conversely, a scuba diver’s air tank has oxygen at a partial
pressure much greater than 1atm. So, if damp air is pumped into the tank, internal
rusting will occur more than it does with iron in normal air.

Change in temperature

The effect of a change in temperature depends on whether the redox half-equation
18 exothermic or endothermic. If it is exothermic, an increased temperature drives
the position of equilibrium to the left (in the endothermic direction). This makes
the value of the electrode potential less positive (or more negative).

Chlorine is reduced exothermically in agqueous solution. Therefore, an increase in
temperature makes the new electrode potential less than +1.36V.

Altering a reduction potential half-equation

Changing direction
If the electrode equation is reversed, its sign must also be reversed, for example:

Zn**(aq) + 2e~ = Zn(s) E® =-076V

Zn(s) = Zn?*(aq) +2e” E® = —(-0.76) = +0.76 V
%Clg(g) +e" = Cl"aq) E®=+136V
Cl-(ag) = %Cl;(g) +e~  E®= —(+1.36) = -1.36V

Multiplying by integers
The units of E are volts not volts per mole, so multiplying a redox half-equation has
no effect on the value of E:

1

5Cla(g) + e~ = Clraq)  E®=+1.36V

Cly(g) + 2¢” = 2CI"aq) E®=+1.36V

Calculation of E&, for a reaction

The standard cell potential, E®,, can be calculated from standard electrode potential
data. Since these data are normally given as reduction potentials, the two reactants
must be identified. One reactant will be on the left-hand side of one half-equation
and the other on the right-hand side of the other half~equation,

The half~equation with the reactant on the right-hand side must be reversed. This
alters the sign of its E® value. If necessary, the two half-equations are multiplied by
integers to give the same number of electrons in each equation, but this does not

alter the E® values. The overall equation is obtained by adding these half-equations
together. The E® value of the reversed half-equation is then added to the E® value

of the unchanged half-equation to give the value of E&,

Tip

This is similar to enthalpy
calculations — if the
equation of a reaction is
reversed, the sign of AH
has to be changed.

Tip
This is unlike AH
calculations, where the

units are kmol™ and
the value depends on the

number of moles in the
equation as written,

Electrode potentlals
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The value of E % Is slightly
negative, so the position

of equilibrium Is to the left
under standard conditions,
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Worked example 1

Use the data below to calculate the value of ES,, for the reaction in which Fe3+
lons oxidise I~ ions in aqueous solution. Write the overall equation.

Fel'(aq) +e = Fe'(aq) E°®=+077V
%I;(s)*—e‘ = I"(aq) E®=+054V
Answer

The reactants are Fe® and |-, so the second equation has to be reversed and
the sign of its E® value changed.

Both equations have one electron, so no multiplying is needed,
Fe''(aq) +e = Fe''(aq) E®=+077V
Iag) =350+ E®=—(+0.54)= =054V

These two equations and their E® values are then added together:
Fe''(aq) + I"(aq) —» Fe''(aq) + %I;(s) ES =+077+(-054=+023V

S e e e R
Worked example 2

Use the data below to calculate the value of ES;, for the reaction of

dichromate(vi) ions in acidified potassium dichromate(vi) oxidising chloride ions
in hydrochloric acid.

Cr,0/(aq) + 14H?(aq) + 6e~ = 2Cr¥(aq) + TH,0() E®=+133V
%Clz(g) + ¢~ = Cl (ag) E®=+136V

Answer

The reactants are Cr,0,%- and CI-, so the second equation has to be reversed
and the sign of its E® value changed.

To get the overall equation, the number of electrons must be the same in both
half-equations, so the second equation has to be multiplied by 6. This does not

alter the E® value, The half-equations are then added together.
Cr,0,/"(aq) + 14H'(aq) + 60~ = 2Cr''(aq) + TH,O() E®=+1.33V
6C1 (aq) = 3Cly(g) + Ge~ E®=-136V
Cr,0+"(aq) + 14H"(aq) + 6C1 (aq) = 2Cr'*(aq) + 7TH,0(1) + 3Cl,(g)
E®, =133+ (-1.36)=-0.03V)

This is the safest way to calculate the value of E® of a redox reaction. It also generates
the overall equation.

There are other methods, but they pose particular difficulties:

o The ‘anticlockwise rule’ works when the data are presented in increasing numerical
order, with the most negative (least positive) E*® value on top. Each half~equation
then occurs in an anticlockwise direction, For example, the direction of change
for the combination of the I, | I and Fe" | Fe*" can be predicted using this rule
(Figure 4.6),



liagq) + 2e= 2Maq) E*=4+054V

D

Fe'*laq) + e = Fe'laq) E*=4+077V
Figure 4.6

This shows that the top equation goes backwards and the bottom equation goes
forwards. Fe** ions will oxidise I” ions. As the top reaction is being reversed, its
sign must also be reversed, So the value of E®, is:

E®, = +077 = (+0.54) = +0.23V

e The rule .E.'::'-H i ngi-dhing agent E?l'du:ing agmt' or I}'Eut?r.tlmmh o E?md-'_ can be
misremembered and also does not give the overall equation. In addition, it
requires correct identification of the oxidising agent and the reducing agent. The
reducing agent is found on the right of the reduction potential half-equation, and
E educing agent 18 the value of the reduction potential,

In worked example 2 above, the oxidising agent is dichromate(vi) and the reducing
agent is the Cl™ ions,

Thus:
Egll » E?xidiling agent A Eronducing agent =+1.33 - (+1‘36) ==0.03V

E——
Test yourself

5 Use the data in Table 4.1 to calculate the cell potential for the reaction

between iodide ions and Fe** ions, and write the equation for this redox
reaction.

Cell diagrams

The cell diagram is a standard way of representing cells and redox processes. The
diagram is written in the following order, from left to right:

¢ the formula of the metallic anode followed by a vertical line

e the ions present in the anode area followed by two vertical lines
“

-

the ions present in the cathode area followed by a vertical line
the formula of the metallic cathode

For the cell where zinc is oxidised (so is the anode) and copper ions reduced to
copper (which is the cathode), the cell diagram is:

Zn(s) | Zn**(aq) || Cu**(aq) | Cu(s)

For the cell where manganate(vi) ions oxidise iron(r) ions (so MnO,~ is reduced
and Fe?* oxidised), the cell diagram is:

Pts) | MnO,™(aq), 8H"(aq), Mn?**(aq) || Fe**(aq), Fe?*(aq) | Pt(s)
Note that;

e if E_,y is positive, the reaction proceeds from left to right in the left-hand cell and

from right to left in the right-hand cell
e electrons are not written in the diagram
e a single vertical line separates different states, such as solid and solution

Electrode potentlals
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This relationship need

not be learnt for A level
chemistry, but the fact that
InK is directly proportional
to Ef, is required,
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e a pair of vertical lines represents the salt bridge
® a comma separates two different ions in the same solution

Feasibility of a redox reaction
A redox reaction is thermodynamically feasible if the value of the cell
potential is positive.

Some books state that unless F,, is more than +0.03V or some other number, the
reaction will not proceed very far. This is an oversimplification. As 1s shown below,

the relationship between E®, and AS,,,,; and hence In K also depends on the number
of electrons transferred in the reaction,

Relationship between E gy, ASiota, AG® and K

The value of the total entropy change, AS,.... 18 directly proportional to the standard
cell potential of a reaction, In turn, In K is directly proportional to AS, ..., where K
is the equilibrium constant for the reaction.

This means that a positive E®,, results in a posltwe AS e and hence a value of K
greater than 1. The more positive the value of E®,,, the larger is the value of the
equilibrium constant,

A negative value of £, results in a negative AS,,,,; and a value of K that is less than 1.

A Stut:l ﬂEtdlpf T

where n is the number of electrons transferred in the overall equation, F is the
Faraday constant (96 500 C mol™!) and T is the temperature in kelvin.

InK = AS, /R
= nE®,F/RT
where R is the gas constant (8,31 JK~"'mol™).

Thus In K is proportional to E &, This means that a positive cell results in a value

of K greater than 1 and a negative E ®,, results in a value of K less than 1. A positive
E®,, makes the reaction thermodynamically feasible,

The relationship between AG and E€,, is:
AG = —nFE®,,
So the more negative is AG, the more positive is the value of 2,
But as AG = -RTIh K
InK = =AG/RT = +nFE®,/RT
Test yourself

6 Calculate the value of the equilibrium constant for the following reaction at
25°C (F = 9.65 x 10°Cmol™*; R = 8.31JK *mol):
Cr,0,%"(aq) + 14H"(aq) + 6C17(aq) = 2Cr**(aq) + TH,O(1) + 3Cl.(g)
E®, =-003V




Extent of reaction

The relationship between AS,..q, and K ig shown above. In worked example 1 on

p. 106, the cell potential for the oxidation of iodide ions by iron(r) ions is +0.23 V.
The value of ASE,,; = +74] K 'mol™! and the numerical value of K = 7.4 x 103, This

value shows that the reaction significantly favours the products.

The oxidation of chloride ions by manganate(vii) ions in acid solution:
MnO,~(ag) + 5CI-(ag) + 8H*(aq) — Mn?*(aq) + Z%CIZ(Q} + 4H,0())

has E®, = +0.16 V. This is a small value, but as there are five electrons transferred,

the value of K = 3 x 10", This is over a trillion times bigger than the K for the
oxidation of I” by Fe3*, which involves just one electron and has the larger E®;, =
+0.23V.

The large value of K shows that a standard solution of manganate(vi) ions in acid
solution almost completely oxidises a standard solution of chloride ions, despite E®,,

being only +0.16 V.,
Remember:

e A positive cell potential means that the reaction is thermodynamically feasible,

o A negative cell potential means that the reaction is not thermodynamically
feasible.

Summary

ASiog pOsitive  ESy positive K> 1 AG negative  Ef positive K> 1
ASitg) NEgative  ES negative K< 1 AG positive  Ef negative K<1

Actuality of reaction
A reaction may be thermodynamically feasible (E®,, positive) but might not take
place. The reasons for this can be kinetic or connected with non-standard conditions.

Kinetic reasons
The sign of E9,; enables the prediction of whether a reaction is thermodynamically

feasible. However, thermodynamic feasibility is no guarantee that the reaction
will take place under standard conditions. The reaction may have such a high

activation energy that it is too slow to be observed at room temperature. For
example, E®, for the reaction H,(g) + %Oz(g} — H,0O(1) 1s + 1.23V, but a mixture

of hydrogen and oxygen will not react unless heated or unless a catalyst is present
(see fuel cells on p. 113).

The reaction between persulfate ions, S;0g?~, and iodide ions, [7, is thermodynamic-

ally feasible as E?,H = +1.47 V. However, it does not occur unless a catalyst of iron
ions (either Fe?* or Fe**) is added. The activation energy is high because of the need

for two negative ions to collide in the uncatalysed route,

The reactants are kinetically stable with respect to the products if the
activation energy of the reaction is too high.

The reactants are thermodynamically stable with respect to the products if
A8, is negative, AG is positive or if E®;, is negative.

Electrode potentlals
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Disproportionation |s where
an element In a single
specles Is simultaneously
both oxidised and reduced.
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Worked example

Non-standard conditions

The data provided in the data booklet or in an A level question are always standard
electrode reduction potentials. If the concentration of a reactant or product is not
1.0moldm™, the value of E..; will differ from that of £2,,. This might result in a
reaction taking place that is predicted to be unfeasible.

Consider the redox reaction:
Cu?*(aq) + 2I"(aq) — Cul(s) + 3 1(s)

Explain why this reaction will take place, given that:
Cu**(aq)+e = Cu'aq) E®=+015V
3509 + e = T@q) E®=+0.54V

Answer
The reactants are Cu?* and |- ions. The feasibility is predicted by reversing

the sign of the E® value of the second equation and adding the two E® values
together.

E& =+015+(=0.54) = =039V

The negative value predicts that the reaction will not take place under
standard conditions where the concentrations of Cu*(aq), Cu®*(aq) and I

(aq) ions are all 1.0mol dm=3. However, this is not the case in this reaction
because copper()) iodide is precipitated and so [Cut(aq)] is almost zero. This
drives the equilibrium of the Cu?*|Cu* reaction to the right, increasing its
electrode potential and making the value of the non-standard cell potential
positive, The reaction is now feasible and, as the activation energy is low, the
reaction takes place rapidly.

Disproportionation reactions

If an element exists in three different oxidation states (which could include the zero
state of the uncombined element), disproportionation becomes a possibility, The
feasibility of such a reaction can be predicted from standard electrode potential data.

Ema——
Worked example

Predict whether or not copper(i) ions will disproportionate into copper metal and
copper(n) ions. If so, write the overall equation,

Cu’'(aq) +e” = Cu'(aq) E®=+015V
Cu'(aq) +e = Cu(s) E®=+052V

Answer
As this is a disproportionation reaction, a single species is both reduced and
oxidised at the same time. In this example that species is the Cu* ion, so the

first equation must be reversed and added to the second equation to give the
overall equation: }
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Cu*(aq) = Cu’'(aq)+e~ E®=-015V This Is a disproportionation
| reaction because copper

Cu'(aq) +e = Cu(y) E®=+052V In the +1 state Is
simultaneously oxidised to

R < A | W i 2 copper In the +2 state and
2Cu'(aq) = Cu’'(aq) + Cu(® ESy = =015+ (+0.52) = +0.37V %ol e e

The value of ES,“ is positive, so the disproportionation reaction is feasible. zero state.

B Practical aspects of electrochemistry

Electricity from chemical reactions

There are three ways in which useful amounts of electricity can be produced from
chemical reactions. Chemical energy is converted directly into electrical energy, but
the process is not 100% efficient as there are some heat losses,

Disposable batteries

Standard A A batteries consist of a zinc anode and a cathode of a carbon rod packed
round with granules of manganese(rv) oxide. The electrolyte is a paste of ammonium
chloride. The zinc loges electrons to form zinc ions. At the cathode, manganese(1v)
oxide is reduced to a manganese(11r) compound.

Alkaline batteries (Figure 4.7) are similar, except that the electrolyte is sodium
hydroxide. Here, the anode reaction is:

Zn(s) + 20H (aq) — Zn(OH),(s) + 2e™

The cathode reaction is;
2MnQO,(8)+ 2H,0(]) + 2e™ — 2MnO(OH)(s) + 20H™(aq) An AA alkaline battery

Graphite cathode (+)
Zinc anode (=)
Manganese(v) oxide

in sodium hydroxide paste

Figure 4.7 An alkaline battery

Since the OH™ ions used up at the anode are replaced by the OH™ ions formed at the
cathode, the concentration of ions remains constant so the voltage does not fall until

all the zinc has been used, at which point the battery becomes flat.

Mercury batteries (Figure 4.8) can be used in watches and heart pacemakers. The
anode 1s zinc, the cathode is steel and the electrolyte is a paste of mercury(n) oxide

in alkali.
Seal

Steel cathode (+)

Paste of mercury(i) oxide
in potassium hydroxide

Zinc anode (=)

Figure 4.8 A mercury button battery

Practical aspects of electrochemist
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The recharging process s
electrolysls, where electrical
energy causes a chemical
reaction.
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Other button batteries are made of lithium and manganese(1v) oxide, or zinc and
silver oxide with suitable electrolytes.

Rechargeable batteries
The lead—acid battery is used in cars. Each cell consists of two lead plates, The

cathode 18 coated with solid lead(1v) oxide. The electrolyte is a fairly concentrated
solution of sulfuric acid.

The anode reaction is:

Pb(s) + SO (aq) — PbSO,(s) + 2e~
The cathode reaction is:

PbO,(s) + 4H'(aq) + SO,* (aq) + 2e™ — PbSO(s) + 2H,0(l)
The overall discharging reaction is:

Pb(s) + PbO,(s) + 4H*(aq) + 250,27 (aq) — 2PbSO,(s) + 2H,0(1)

The potential of each cell is +2.0V, Normally, six cells are arranged in series creating
a battery with a potential of 12V,

When all the lead(rv) oxide has been reduced, the battery is flat.

The discharging reaction is reversible. If an external potential greater than 12V ig
applied, the reaction is driven backwards and the plates restored to their original
composition,

The overall charging reaction is:
2PbSO,(s) + 2H,0(1) = Pb(s) + PbO,(s) + 4H (ag) + 250, (aq)

Hybrid cars have two engines. One is a conventional gasoline engine and the other
is an electric engine powered by rechargeable batteries. When the driver applies the

brakes, the kinetic energy of the car is converted to electric energy, which recharges
the batteries,

Cars powered by batteries alone have a limited range, the average being 50 miles.

Digital camerag and mobile phones contain rechargeable lithium cells that use a solid
polymer electrolyte. There are several types with different materials for the anode
and cathode, One type of battery has a lithium anode and a titanium(iv) sulfide
cathode. The reactions are:

Li= Li*t + e~
TiS, + e~ &= TiS,~
The Li* and the TiS;™ ions then form solid LiTiS,.
The main principles of storage (rechargeable) cells are that:

e The chemical reactions at both electrodes must be able to be reversed when an
electrical potential is applied.
¢ The oxidised and reduced forms of the anode and cathode must be solid.



Fuel cells

Manned spacecraft are powered by hydrogen—oxygen fuel cells. These cells are also
being developed for commercial use. Some London buses have such a fuel cell. The
electricity it produces powers the electric motor of the bus. The buses are advertised
a8 zero-emission buses because, when they are operating, only water and no carbon
dioxide, is produced. Steam can be seen from the exhaust pipe near the roof on
zero-emission buses. This is the water that has been produced by the reaction of the
hydrogen fuel with oxygen.

Hydrogen gas is oxidised at the anode and the electrons released go round the external
circuit powering the machinery to the cathode, where oxygen gas is reduced, The
ions produced pass through the electrolyte. The only product is water, which must :
constantly be removed from the cell, A zero-emission London bus

The electrodes are made of porous graphite embedded with the catalyst, which is

usually platinum. Doped carbon nanotubes are being developed as a cheaper and
more efficient catalyst,

There are two distinct types of hydrogen fuel cell.

Polymer electrolyte membrane (PEM) fuel cells

At the anode, hydrogen 1s oxidised and H* ions and electrons are
formed. The H" ions then pass through the solid polymer electrolyte
to the cathode. The electrons released pass round the external

circuit to the cathode. Oxygen gas (from the air) is reduced at the
cathode and water is formed. The half-equations are;

Anode 2H, += 4H" + 4e~
Cathode O, + 4H* + 4¢~ &= 2H,0

Overall  2H,; + O, — 2H,0 HZ0(1) 0,(g)
Figure 4.9 A PEM fuel cell

The basic design is shown in Figure 4.9,

Alkaline fuel cells
The electrodes are porous platinum and the electrolyte is an aqueous solution of
potassium hydroxide,

The principle is the same as with PEM cells. The hydrogen is oxidised at the anode:
2H;,(g) + 4OH™(aq) = 4H,0O(1) + 4e~

The electrons travel around the external circuit to the cathode, where oxygen is
reduced:

Oy(g) + 2H,0(1) + 42¢ = 40OH™(aq)
Owerall:
21‘12 + Gz — 2H20

The major disadvantages with alkaline fuel cells are that their efficiency is reduced by
any carbon dioxide in the air and corrosive potassium hydroxide solution may leak
out. However, they are more efficient than PEM cells and so are used in spacecraft,
where pure oxygen rather than air is used.

Practical aspects of electrochemist
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Environmental issues

The statement that there are no emissions from hydrogen fuel cells (implying no CO);)
is misleading. The hydrogen could be produced by electrolysis, which consumes
96 million coulombs of electricity per tonne of hydrogen, This electricity will almost
certainly have been produced by burning fossil fuels such as coal, oil or gas.

Another source of hydrogen is the endothermic reaction of methane with steam in
a two-stage process, the overall reaction being:

CH, + 2H,0 — CO; + 4H,

The only way that a hydrogen—oxygen fuel cell could be rightly described as having
zero emissions is if the electricity had been produced by nuclear power or some form
of renewable energy. Therefore, although the bus itself does not produce carbon
dioxide, it is created at the power station or at the plant making the hydrogen from
methane,

Some prototype cars have been designed to run on fuel cells that use hydrogen.
There are two, as yet, insurmountable problems:

e the storage of hydrogen gas in the car
e the problem of refuelling the vehicle at a garage forecourt

These pose dangers since gaseous hydrogen under pressure is highly fammable.

Reesearch is being carried out into designing fuel cells that will use other fuels (e.g.
ethanol), rather than hydrogen. The two half-equations for ethanol are;

C,aH:OH(]) + H,O(l) # CH,COOH(aq) + 4H* + 4e-
Os(g) + 4H"(aq) + 4~ = 2H,0()

Ethanol could be made by fermenting sugar or cereals, such as corn, wheat or rice.
However, it is not a truly carbon-neutral process, because fossil fuels would have
to be used during the harvesting of the crop and in the manufacture of ethanol.
Another major drawback to the production of bioethanol is that it uses agricultural
land. This means that food crops are not grown on that land, which results in a
reduction in world food production,

China and India are developing economically and are increasing their demand for
meat, which requires a considerable amount of grain to produce. This, combined
with the drive to produce bioethanol, has pushed up the price of sugar and grain,
and resulted in starvation in poor countries,

Methanol is another possibility for a fuel cell. However, methanol is made from
carbon monoxide and hydrogen:

CO + 2H; — CH;OH

The carbon monoxide comes from coal or methane and the hydrogen itself has a
significant carbon footprint,



B Oxidising and reducing agents

Oxidising agents
An oxidising agent is a species that removes electrons from another
species, thus oxidising it. It is itself reduced by the gain of electrons.

Some oxidising agents, the species produced when they react and their standard
reduction potentials are given in Table 4.2,

Table 4,2 Common oxidising agents listed in order of decreasing power

~ Oxldising agent

Oxidising species

Ozone O3 In H*(aq) 03, HZ0 +2.07

Persulfate lons 8,08 80,2~ +2.01

Hydrogen peroxide Hz0; In H*(aq) H,0 +1.77

Chioric() acld HOCI In H*(aq) Cly, Hy0 +1.64

Manganate(vu) lons MnO,4~ In H*(aq) Mn?+, H,0 +1.52

Lead(rv) oxide PbO; In H*(aq) Pb?*, Hy0 +1.47

Chiorine Cly cI- +1.36 —

Dichromate(vi) lons Crz07% In H*(aq) Cr¥*, Hz0 +1.33 Tip

Manganese(iv) oxide MnOz In H*(aq) Mn%*, Hz0 +1.23 The oxidation number of
o o o .
lodate(v) lons 103~ In H*{aq) l2, H20 +1.19 less positive or more
Bromine Bry Br- +1.07 negative). The oxidation
s o | e dee
lodine I2 I +0.54 increases (becomes more
Tetrathlonate lons S40g%" 8,05 +0,09 positive or less negative).

All oxidising agents should oxidise the reduced form of any species below them
in the table. For example, lead(rv) oxide will oxidise chloride ions to chlorine.
A laboratory preparation of chlorine is to warm concentrated hydrochloric acid with
lead(1v) oxide.

PRy 1o . s [ s S
Worked example

Show that iodate(v) ions in acid solution should oxidise iodide ions and write the
overall equation for the reaction.

Answer

The two reduction half-equations are:
%I;(s) +e =1(aq) E®=+0.54V
10, (aq) + 6H'(aq) + 5e" = %I;(s) +3H,0(1) E®=+119V ‘

Oxldising and reducing agents '~
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lodate(v) ions and iodide ions are the reactants. The overall equation is obtained
by reversing the first equation, multiplying it by 5 and then adding it to the
second equation:

10,"(aq) + 6H'(aq) + 51"(aq) — 31,(s) + 3H,0() ES, =+1.10 + (~0.54) = 0.65V

E & is positive, so the redox reaction is feasible,

Redox titrations

lodine titrations: estimation of the concentration of a solution of an
oxidising agent

An oxidising agent is a species that receives electrons from another
species, thus oxidising it. It is itself reduced by gain of electrons.

Ag can be seen from Table 4.2, all the oxidising agents (apart from tetrathionate iong)
in the list should oxidise iodide ions to iodine. The method used here is to add an
excess of iodide ions to a known volume of the solution of the oxidising agent. The
liberated iodine is then titrated against standard sodium thiosulfate solution,

The reaction between iodine and thiogulfate ions can be used to find the concentration
of a solution of an oxidising agent. The method is as follows:

Pipette a known volume of the solution of the oxidising agent into a conical flask.
Usually it is necessary to add some dilute acid at this stage, as H* ions are often

present in their half-equations.

Add excess potassium iodide solution (or solid potassium iodide) and swirl to mix
the solution,

Titrate the liberated 1odine against standard sodium thiosulfate solution until the

1odine colour fades to a pale straw colour,
Add some starch indicator. The remaining unreacted iodine will react reversibly

with the starch to form a blue-black complex.

#» Continue adding sodium thiosulfate drop by drop until the blue-black colour

disappears.
Repeat the procedure until at least two concordant titres have been obtained.

Worked example 1

1.00¢ of an impure sample of potassium iodate(v), KIO5, was dissolved in
distilled water and the solution made up to 250 cm?.

25.0em? portions of this solution were taken and about 25cm? of dilute sulfuric
acid and excess potassium iodide were added. Each was titrated with standard
0.100 moldm~3 sodium thiosulfate solution. The mean titre was 23.75cm?,

The equations for the reactions are:
KIO, + 5KI + 3H,S0, — 3I, + 3K,50, + 3H,0
I, + 2Na,5,0, — 2Nal + Na,5,0;
The ionic equations are:
10, +5I + 6H" — 31, + 3H,0
I; + 28,042 — 2" + 5,0,
Calculate the purity of the potassium iodate(v). »




Answer
amount (in moles) of sodium thiosulfate, Na,5,0, = 0.100moldm™* « 0.02375 dm*

=2.375 » 10 mol
1 mol KIO4 produces 3mol |y, which require 6 mol Na;S;05.

amount (in moles) of potassium iodate(v) in 25 cm? =% % 2.375 = 10

= 3058 = 10" mol

amount (in moles) of potassium iodate(v) in 250 cm’ = 10 » 3,058 x 1074
=3.058 x 10 mol

molar mass of KIO, =301 +126.9 + (3 » 16.0) =214.0gmol !

mass of pure KIO, in sample = moles = molar mass

= 3058 » 10" mol x 214.0gmol ' =0.847¢

- . _0.847¢ S
purity of sample = T00e - x 100 = £4.7%

Worked example 2

Brass is an alloy of copper and zinc, the proportions of which are varied to create
a range of brasses with different properties. The percentage of copper in a small
brass screw was determined as follows:

® The screw was weighed. Its mass was found to be 2,194,

* Some concentrated nitric acid was added to the screw. This was carried out
in & fume cupboard. The copper and the zinc both reacted to form soluble
nitrates, nitrogen dioxide and water.

® The solution was neutralised. It, and the washings, were transferred to a
250cm? standard flask and the volume made up to 250cm? with distilled water.

» 25.0cm? samples were measured by pipette into conical flasks and excess
solid potassium iodide was added.

® The zinc ions did not react. Copper ions reacted according to the equation:

2Cu* +4I" — 2Cul + 1,

® The liberated iodine was then titrated against a 0.106 mol dm-? solution of
sodium thiosulfate, adding starch as the indicator near the end point.

I + 2Na;5;04 — 2Nal + Na;540¢
The mean titre was 23.75cm?, Calculate the percentage of copper in the brass screw.
Answer
amount (in moles) of sodium thiosulfate = 0.106 moldm* = 0.02375 dm*
=0.0025175 mol
2mol Naz5203%" react with 1 mol Iz, which comes from 2mol Cu®*, so:
amount of Cu** in pipetted sample = amount of $,0,*" in titre = 00025175 mol
amount of Cu** in 250 cm* = 10 = 0.0025175 = 0.025175 mol
mass of copper in brass screw = 63.5 gmol ' x 0.025175mol = 1.509¢
% of copper in brass screw = 1.509 = 100/2.19 = 73.0%

Oxldising and reducing agents
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The reducing agent 1s on
the right-hand side of the
standard reduction potential

half-equation,

===
Tip
Be careful when selecting
the correct redox half-
equation for hydrogen
peroxide. In this example it
s acting as a reducing agent
and so it will be on the right
in the half-equation,

Potassium manganate(VIl) titrations: estimation of the concentration of
a reducing agent

A reducing agent is a species that gives electrons to another species, thus
reducing it. It is itself oxidised by loss of electrons.

A list of some reducing agents, the species produced when they react, and their
standard reduction potentials are given in Table 4.3,

Table 4.3 Common reducing agents

Roacingagen — onaseaom ||

2003 -0.49

s +0.14 E

Snd+ +0.15 r
- _;_,n +0.54 ? 9
Hy0, 04 +0.68 'E é
Fa?+ Fa3+ +0.77 E
Br %5,, +1.07 a
Ph?+ PbO3 (PbH) +1.47 \

Reducing agents become oxidised and the oxidation number of an element in the
reducing agent increases (becomes more positive or less negative). The oxidation

number of an element in the species being reduced decreases.
sh)+e =T@)  E®=+054V

50!
I-(aq) = %12@) +e~  E®=-054V

The method is to titrate a standard solution of potassium manganate(vir) with the

solution of the reducing agent. As can be seen from Table 4.3 and from the E® value
of the MnO,~, H*, Mn?* gystem (E®,; = +1.52V), all the reducing agents in the

table will reduce manganate(vi) ions in acidic solution,

Worked example

Show that hydrogen peroxide should reduce manganate(vi) ions in acid solution,
Write the overall equation for the reaction,

Answer
0,(g) + 2H'(aq) + 2~ = H,0,(aq) E®=+068V

MnO,"(aq) + SH*(aq) + S~ = Mn?*(aq) + 4H,0(]) E®=+1.52V

The reactants are H,0, and MnO,~, so the first equation has to be reversed.

To achieve the same number of electrons in each equation, multiply the first
equation by 5 and the second equation by 2. This gives ten electrons in each

equation, which will cancel when the equations are added. !
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5H,0,(aq) == 50,(g) + 10H"(aq) + 10e” E®=-068V
2MnO, (aq) + 16H'(aq) + 10e” = 2Mn*'(aq) + 8H,0() E®=+1.52V
5H,0,(aq)+ 2MnO," (aq) + 6H"(aq) = 50,(g) + 2Mn?*(aq) + 8H,0(1)
E®, ciion= (~0.68) + (+1.52) = 0.84 V

The value of Efgetion I8 positive, so hydrogen peroxide should reduce
manganate(vi) ions in acid solution,

The general method for titrating the standard solution of potassium manganate(vir)
with a reducing agent is as follows:

e A sample of known volume, usually 25.0cm?, of the reducing agent is pipetted
into a conical flask.

o Approximately 25 cm? of dilute sulfuric acid is added.

e A burette is filled with a standard solution of potassium manganate(vi).

e Potasgium manganate(vin) solution is added steadily, with swirling, until the
purple colour disappears slowly.

e The potassium manganate(v) is then added dropwise, until the solution becomes
slightly pink.

e The titration is repeated until at least two consistent titres are obtained. There is
no need to add an indicator because the manganate(vi) solution is so intensely
coloured, The titration is stopped when the smallest excess of MnOy~ ions causes |
a faint pink colour to be visible, Titration of Fe(i) with

manganate(vi)
e ]
Worked example

Iron tablets contain hydrated iron(n) sulfate mixed with a filler. Some tablets were
crushed and 7.17 g of the powdered tablets were dissolved in water. The solution
was made up to 250cm?3. 25.0cm? of this solution was pipetted into a conical
flask and 25 cm? of dilute sulfuric acid was added from a measuring cylinder.

This mixture was then titrated with a 0.0205 moldm=2 solution of potassium

manganate(vi) until a faint pink colour remained. The titration was repeated and
the mean titre was found to be 23.40cm?, Calculate the percentage of iron in
the iron tablets,

Answer
amount (moles) of MnO, in titre = 0.0205moldm * = 0.02340 dm’

= 0.0004797 mol
The equation for the reaction is:
5Fe*'(aq) + MnO," (aq) + 8H'(aq) — 5Fe''(aq) + Mn*'(aq) + 8H,0(1)
amount (moles) of Fe*' in 25 cm’ of solution = 0.0004797 mol MnO,~ = 5/1
=0.002399mol
amount (moles) of Fe’" in 250cm’ of solution = 10 = 0.002399 = 0,02399 mol

mass of iron in sample = 55.8 gmol ™! » 0.02399mol = 1.338¢
mass of iron x 100 iz 1.338 = 100
mass of powdered tablet 717

%% of iron in tablet = = 18.7%

Oxldising and reducing agents
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The accuracy of a pipette depends on a number of factors, such as its quality, and the
temperature and viscosity of the solution being used. Most 25.0cm? school pipettes
are accurate to £0.05 cm? and so have a percentage error of 0.05 x 100/25.0 = 0.2%,
The error in a burette is +0.05cm? for each reading and so the maximum error in
a titre is £0.1 cm?,

The concentrations of standard solutions are chosen go that the titre will be between
20cm? and 30cm?, Suppose the titre is 24.00cm?, The percentage error in the use
of the burette is;
error X 100 _ 0.1 x 100 _ o
titre 2400 0.4%
If the titre had been 12.00cm?, the error would still have been 0.1 c¢m?, but the
percentage error would be 0.1 x 100/12.00 = 0.8%.

A chemical balance that weighs to two decimal places has an error of £0.01 g for

each reading (including the zero reading if the balance is tared). Thus the error in
the mass is 0.02 g,

In the worked example on p. 119 about iron tablets:

e the percentage error due to weighing is 0.02 x 100/7.17 = 0.28%
e the pipette hag a percentage error of 0.2%

e the burette has a percentage error of 0.1 x 100/23.4 = 0.43%

@ the total percentage error is 0,28% + 0.2% + 0.43% = 0.91%

This means that the actual percentage of iron in the tablets is between 17.79% and
19.61%.

[ e ——— ——
Worked example

A sample of mass 1.30¢ of a d-block metal sulfate, My(50,)5, was dissolved in
water, Excess potassium iodide was added and the iodine liberated was titrated
against standard sodium thiosulfate solution. The titre showed that 0.00325 mol

of the transition metal sulfate was present in the 1.304g.
i) Calculate the molar mass of the My(S0,)s.
b) Hence calculate the atomic mass of the element M. Suggest its identity.

¢) Assuming that the error in each weighing is £0.01 g, calculate the percentage
error in the mass of My(50,4); taken.

i) Assuming that there are no other significant errors, calculate the maximum
and minimum values of the molar mass and hence of the atomic mass of the
element M,

o) What does this indicate about the reliability of the identification of M?

Answer

- _ . _130g -1
o) molar mass = mass/moles = 0.00325 mol L =~ 400gmol

b)mass of the sulfate group = 3 x (32.1 + 4 x 16.0) = 288.3
mass due to 2 atoms of M = 400 - 288.3 = 117.7 ?




relative atomic mass of M = % x 117.7 = 55.85

So, the element M is iron, as the r.a.m. of iron in the periodic table is 55.8,
c) total weighing error is £0.02¢

percentage error in weighing the solid =

d) £1.52% in 400gmol-? is + 1-52150400

= +6.1gmol-* in the molar mass

So, the maximum molar mass is 406.1gmol-!

minimum molar mass is 393.9gmol™

maximum relative atomic mass is % x (406.1 - 288.3) = 58.9
minimum relative atomic mass is % x (393.9 - 288.3) = 52.8

o) These values suggest that the metal M could be manganese (A, = 54.9), iron
(A, = 55.8) or chromium (A, = 58.9) and so the validity of the identification of

M as iron is poor.

Summary tasks
Make sure that you can:

* work out oxidation numbers

e explain oxidation or reduction in terms of change in oxidation number or electron
transfer

write ionic half-equations and hence overall redox equations

describe the design and working of electrochemical cells including batteries and
hydrogen fuel cells

calculate E®_; given standard reduction potentials

recall standard conditions

explain why non-standard conditions can affect feasibility

draw cell diagrams

Check that you:

understand that a positive value of E_,; means that the redox reaction is feasible
can define oxidising agents and reducing agents

understand the concept of disproportionation

can describe how the concentration of oxidising and reducing agents can be found
by titration

are able to uge titration data to calculate concentrations

Uncertalnty of measurements



B Questions

Refer to Table 4.1 on p. 104 for standard reduction
potential values,

1 Write the half-equations for:

a) the reduction of chlorine to chloride ions

b) the oxidation of Fe?* ions to Fe?t ions

2 Use your answers to question 1 to write overall
equations for the reaction between chlorine and
Fe2* ions.

3 a) Calculate the cell potential for each of the
following reactions and suggest whether or not
the reaction is feasible:

|} areaction between lead(iv) ions and chloride
ons

1) a reaction between tin(iv) ions and Fe?* ions

b) Write equations for any of the reactions in (a)
(1)=(ii) that are feasible.

4 Both potassium manganate(vi) and potassium

dichromate(vr) are used in acid solution as
oxidising agents, Use the data in Table 4.1 to
explain why hydrochloric acid must nor be used in
the oxidation of an organic substance by potassium
manganate(vir) but can be used when potassium
dichromate(vi) is the oxidising agent,

5 a) Define the term disproportionation.

b) Explain why an element must have at least three

different oxidation states to be able to undergo a
disproportionation reaction,

¢) Use the E® values in Table 4.1 to predict
whether manganate(vi) ions, MnO,2", will
disproportionate into manganate(vi) ions,
MnO,~, and manganese(1v) oxide, MnQO,,

d) Predict the effect of increasing the pH
of the solution on the feasibility of this
disproportionation.

6 Calculate E®, for the oxidation by oxygen of iron

in aqueous solution., Write the overall equation for
this reaction.

@ 4 Redox Il (Topic 14)

7/ Explain why iron corrodes to a lesser extent in

oxygenated water if the pH of the water is increased
by the addition of alkali.

8 a) Predict whether ferrate(vi) ions, FeO,*", will
be reduced to Fe** or to Fe?* jons by hydrogen
peroxide in an acidic solution,

FeO4* (ag) + 8H*(aq) + 3¢~ & Fe’*(aq)
+ 4H,0O()  E® = +2.20V

Fe**(aq) + e~ = Fe®* (aq) E® = +0.77V

O,(®) + 2H*(aq) + 2e~ + H,0,(aq)
E® = +0,68V
b) Write the overall equation for the reaction that
takes place.

0 25.00cm® of a solution of potassium iodate(v)
was pipetted into a conical flask. 25cm? of dilute
sulfuric acid and 2 g of potassium iodide (an excess)
were added. The iodine liberated was titrated
with 0.104moldm™ sodium thiosulfate solution
using starch as an indicator. The mean titre was
23.20em® Calculate the concentration of the

potassium iodate(v) solution.

10 Describe how the concentration of a solution
of sodium chlorate(r), NaClO, could be found
experimentally.

11 What are the advantages and disadvantages of

running a motor vehicle using a fuel cell that is
powered by hydrogen?

12 Explain why the strong O-H bond stretching
vibration in ethanol cannot be used in infrared
breathalysers.

13 Iron(mn) sulfate containg water of crystallisation
and its formula can be written as FeSO.xH,O.
Describe an experiment that would enable you to
find the value of x. The method must involve a
titration. Your answer should include what you
would do and what measurements you would make,
and show how you would use your measurements
to calculate the value of x. (Heating the hydrated
solid would decompose the iron() sulfate, so this
is not an acceptable method.)



Exam practice questions

1 a) A spot of water containing some
phenolphthalein is placed on a piece of steel
and observed after an hour, The outside
edge of the drop was coloured pink and
there was a faint precipitate in the middle.
Explain how the rusting of the steel
produced these results. [llustrate your answer
with ionic half-equations. (4)

b) The oxidation of iodide iong, I~, by
persulfate ions, S,0¢%7, is very slow at room
temperature, but the reaction is catalysed by
Fe* ions.

i) Suggest why the reaction is slow in the
absence of the catalyst. (1)

ii) Use the data below to explain how Fe’*
ions catalyse this redox reaction. (4)

I + 2" &= 2I” E® = + 0.54V

Fel* 4+ e~ &= Fe?* E®=+077V

5,04 + 2" &= 2802 E® = + 2.01V

10.00g of impure iron(m) chloride, FeCls,
was dissolved in water and the solution
made up to 250 cm? in a volumetric flask.
Excess potassium iodide was added to
25.0cm? portions and the iodine liberated
was then titrated against a 0.200moldm™
solution of sodium thiosulfate, The mean
titre was 28,60 cm?,
i) The oxidation number of sulfur in
S;042" jons is:
A +2 C +4
B +3 D +8 (1)
ii) Calculate the percentage purity by mass
of the iron(m) chloride.

Fedt + I — Fe?* + %I.:

I + 28,043 = 21" + §,0¢*" (5)

ili) Starch indicator must not be added
until the iodine solution goes very pale.
Explain why this is necessary and the
effect on the percentage purity if it were
added too early. (1)
(Total 16 marks)

2 a) The oxidation number of

i) oxygen in KO, is (h
A0 B— C-1 D=2

ii) carbon in C,0,* is (1)
A+4 B+3 C+2 D +

b) Calculate the standard cell potential and

hence the thermodynamic feasibility of a

reaction in which manganate(vii) ions in

acid solution oxidise ethanedioate ions to

carbon dioxide, under standard conditions

at 25°C, (3)

2C0,(g) + 26~ = C,02-(aq) E® = -0.49V

MnO,"(aq) + 8H"(aq) + 5e”
= Mn?*(aq) + 4H,0(l)
E® = +1.52V
¢) Suggest why, in practice, the reaction does
not occur under standard conditions at
25°C, (1)
d) Draw a labelled diagram of the apparatus
that you would use to measure the standard
reduction potential of acidified potassium
manganate(vir), (6)
@) Which of the following would not alter the
value of the measured potential? (1)
A Increasing the temperature
B Increasing the pH
C  Using NaNO, rather than KNO, in
the salt bridge
D Using a calomel electrode rather than a
standard hydrogen electrode
(Total 13 marks)




Principles of transition metal
chemistry

The d-block elements lie between the s-block metals and the p-block non-metals in
the periodic table. Those in period 4 are shown in Table 5.1,

Table 5.1 The d-block elements in period 4

Thanium  Vanadium  Chromium Manganeua ron Cobalt  Nickel copper ZInc

Scandium

§ Electron configuration

Neutral atoms

Argon has the electron configuration 1s* 25 2p® 352 3p® The next lowest energy
level is the 4s-orbital, so it fills before the 3d. Therefore, potassium has the electron
configuration [Ar] 3d° 4s! and calcium [Ar] 3d° 452,

After calcium, the d-block starts and the 3d-orbitals begin to be filled. The general
configuration for a d-block element is [Ar] 34 45* where x is the number of the
column along the d-block. Scandium is the first d-block element, so its configuration
is [Ar] 3d' 4s%, vanadium is the third, so its configuration is [Ar] 34* 45 and iron is
the sixth so its configuration is [Ar] 3d® 452,

In the fourth period, Sc to Zn, there are two exceptions to this rule, There is a slight
gain in stability in having a full or half~full set of d-orbitals. Thus chromium, the

fourth d-block element, has the electron configuration [Ar] 3d° 4s' not [Ar] 3d* 4s*;
copper has the configuration [Ar] 3d4'° 4s' not [Ar] 34° 45 (Table 5.2).

Positive ions

When a d-block element in period 4 loses electrons and forms a positive ion, the
outer s-electrons are always lost before any d-electrons. Losing all the 4s-electrons
makes the ionic radius smaller than if it had lost its 3d-electrons. This means that
the lattice energy and the hydration energy are more exothermic. Therefore, in a
reaction the overall AH is energetically more favourable than if just the 3d-electrons
had been lost. The electron configurations of d-block elements in period 4 and their
2+ and 3+ iong are shown in Table 5.2.
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Table 5.2 Period 4 d-block elements

Electron configuration

mmm

(Ar] 3a* 452 Does not exist  [Ar] 3d° 4s°
Tl (Ar] 3d? 4s? [Ar] 3a? 4s° [Ar] 3d* 45°
v (Ar] 3¢ 4s2 [Ar] 3d3 450 [Ar] 32 450
(Ar] 3d" 4s? [Ar] 3a* 48° (Ar] 3d° 45°
Mn [Ar] 3d" 4s? [Ar] 3d® 4s° (Ar] 3a* 4s°
Fe [Ar] 30© 4s? [Ar] 3 45° [Ar] 3d5 4s°
Co (Ar] 3d7 452 [Ar] 3d7 450 [Ar] 3a® 4s°
NI [Ar] 3¢® 4s? [Ar] 3a® 4s° [Ar] 3d7 45°
Ccu (Ar] 3d1° 45! [Ar] 3P 4s° Does not exlst
Zn [Ar] 3a%° 4s? [Ar] 3040 45° Does not exlst

Transition metals

The d-block elements are those between the s-block and the p-block. All d-block
elements have an outer electron configuration of nd*, (n + 1)s?, where x is any

number from 1 to 10, y is 1 or 2 and »n is the orbit number.,

Transition metals are defined differently:

A transition metal has one or more unpaired d-electrons in one of its ions,
or

One of its ions has a partially filled d-shell or has at least one unpaired
electron in its d-orbitals.

¢ Scandium forms Sc* as its only ion, This has no d-electrons and so scandium is
not a transition metal,

e Titanium forms a Ti** ion, which has one unpaired d-electron. Therefore,
titanium is a transition metal,

e Iron has a partially filled d-shell in a Fe®* ion. Therefore, iron is a transition
metal,

e Zinc does not form either a Zn* or a Zn** ion. Zn** has 10 d-electrons that are
all paired in five full d-orbitals. Therefore, zinc is not a transition metal,

The arrangements of electrons in Fe** and Zn** ions are shown in Figure 5.1,

3d ds 3d 4s

w1 [N ze [T (0] (60

Figure 5.1 Electron configurations of Fe?* and Zn?* ions

Fed+

Test yourself
1 Write the electron configurations of vanadium and the V3+ ion.

AhAAAAh e AR AR

The Cu+ lon has the
electronic configuration [Ar]
3010 450,

Electron conflguration @




l lonisation energies

First ionisation energies
In period 3, the first ionisation energies follow a general upward trend from sodium

across to argon. This is caused by an increase in the nuclear charge without an
increase in the number of shielding electrons in the inner orbits. The effective

nuclear charge increases considerably, and this causes a large increase in the first
ionisation energies. The first ionisation energy of sodium is 494 k] mol~! and that of

argon is 1520 k] mol™,

The pattern is different across the d-block. The outer electron that is removed in
the reaction:

M(g) — M*(g) + e~

1s a 4s-electron, and it i1s shielded by the inner 3d-electrons (as well as by the 1s-, 2s-,
2p=, 3s- and 3p-electrons). Although the nuclear charge increases across the block

from scandium to zinc, the number of inner shielding 3d-electrons increases as well.
This means that the first ionisation energies of the d-block elements in period 4 are

fairly similar. This is shown in Figure 5.2

= 1000 -

d-block I

900 -

1stiE/k) mol-1

800 -

700-

600 -
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I
|
|
|
|
I
|

400

oS-

K Ca < h V Cr Mn FPe Co NI Cu 2

Figure 5.2 First ionisation energies of period 4 elements from potassium to zinc

Successive ionisation energies
There is normally a big jump between successive ionisation energies as a new

quantum shell loses an electron. For example, there 1s a big jump between the
second and third ionisation energies of magnesium (electron structure: 1s2 252 2p®

3s%) because the third electron has to come from the second orbit, This electron is
subjected to a much stronger pull from the nucleus as it is much less shielded.

The energy levels of the 3d- and the 4s-electrons are very similar in d-block elements

and so the big jump comes after all the 4s- and all the 3d-electrons have been
removed. This is shown in Table 5.3 and in Figure 5.3,

The numbers in blue in Table 5.3 refer to the first 3p-electron being removed.

It can be seen clearly that there is a much larger difference in energy between 3p- and
dd-electrons, as there is a large jump when the first 3p-electron is being removed.
This is shown graphically in Figure 5.3,
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Table 5.3 Difference in successive ionisation energies in kJ mol™!

Titanlum Vanadium Chromium Manganese
([Ar] 3d? 4s?) | ([Ar] 30 4s?) | (|Ar] 305 as) | ([Ar] 30® 48%)

1st and 2nd 649 720 937* 794
2nd and 3rd 1410* 1500* 1400 1740*
3rd and 4th 1450 1730 1780 1940
4th and 5th 5450 1680 2300 2170
5th and 6th 6120 1630 2380
6th and 7th 7900 1760
7th and 8th 7300

The * refers to the first 3d-electron belng removed.,

- BO0O0 -
dp-electron being removed

7000 +

6000 -

in energy/kJ mol!

5000 -

Difference

£ 4000 -
3000 -

2000 -

1000 -

DW
2nd=1st 3rd=-2nd d4th-3rd 5th=-4th 6th~5th 7th=6th

Figure 5.3 The difference in successive ionisation energies for chromium

Common chemical properties of transition
metals

Variable oxidation states

The metals in the s-block exist in only one oxidation state in their compounds — for
example, sodium 18 always +1 and magnesium is always +2.

The non-transition d-block metals also have a single oxidation state, Zinc is always
+2 in its compounds and scandium is always +3.

The transition metals exist in several different oxidation states. For example,
manganese has stable compounds such as MnSOy (+2), MnO; (+4), K;MnOy (+6)
and KMnOy (+7). It also forms compounds in the +3 and +5 states,

Common chemical properties of transition metals



Tip
The half-equation for a

reduction potential has
electrons on the left,

Table 5.4 Oxidation states of the d-block metals

sc |7 |v JorfmnfFefco N foufzn
+7

+6 +6 +6
+5 +5

+4 +4 +4 +4
+3 +3 43 +3 +3 +3 +3 +3

+2 42 42 42 +2 +2 42 42 42

+1

In Table 5.4 oxidation states in red are the stable states; those in blue are less stable,

The reason for variable oxidation states is that the successive ionisation energies
increase steadily, as was shown in Figure 5.3, For example, the extra energy required

to remove a third electron from chromium is regained in the stronger ionic bonding
involving the Cr** ion compared with the weaker ionic bonding by the less charged

Cr** jon,
———
Test yourself
2 Give the name and formula of a copper compound in:
a) the +1 oxidation state
b) the +2 oxidation state

Redox reactions

It is because transition metals have variable oxidation states that redox reactions are
common. A transition metal in a higher oxidation state will be an oxidising agent.
One in a lower oxidation state will be a reducing agent.

The ease with which a transition metal ion is oxidised or reduced is given by its
standard reduction potential, E®,

# The more negative this potential, the worse the ion on the left-hand side of the
half~equation is as an oxidiging agent and the better the ion on the right-hand side
of the half-equation is as a reducing agent.

# The more positive the value of E®, the better the ion on the left-hand side of the
half-equation is as an oxidising agent and the worse the ion on the right-hand side
18 as a reducing agent.

For example:
VI 4 oom = 2 E®=-026V
Fe¥* + ¢~ &= Fe?* E® = +077V
-%-Cr,oﬁ- + 7H* + 3= = Cr** + 3-%—1—129 E® = +1.33V
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e Dichromate(vr) ions are the best oxidising agent and vanadium () ions are the
worst,

¢ Chromium( i) ions are the worst reducing agent and vanadium( (i) ions are the
best,

The feasibility of a redox reaction is indicated by the value of the standard potential
of the cell, E?.u.

Feasibility is worked out by first reversing the half~equation that has one of the reactants
on the right-hand side and changing the sign of its E® value. This half-equation is then
added to the half~equation that has the other reactant on the left-hand side. The sum of
the E®values for the two half~equations gives E®,,. If the value is positive, the reaction
is thermodynamically feasible and will take place providing that the activation energy
is not too high.

Worked example

Will dichromate(vi) ions oxidise Fe?* ions? If so, write the ionic equation for the

reaction,
Answer
Cr,0," + 14H" + e~ = 2Cr** + TH,0 E®=+133V
Fe’* + ¢~ = Fe?* E®=+077V
Reverse the second half-equation, multiply it by six and add it to the first half-
equation.
6Fe’' == 6Fe'" + 6o E®=-(+077)=-077V
Cr,0,% + 14H" + 6e~ = 2Cr’* + 7TH,0 E®=+]33V

Cr,04 + 14H" + 6Fe?* = 2Cr** + TH,0 + 6Fe’* E®,, =-077 + (+1.33) =+0.56V

E® s positive, so the reaction is feasible and the reactants are
thermodynamically unstable relative to the products.

In some cases the activation energy of the reaction could be too high for the reaction

to take place rapidly enough to be observed at room temperature. The reactants are
then said to be Kinetically stable relative to the products,

Consider the reaction:
Cqu,z-(QQ) . i Sz@gz-(ElQ) = ECOR(E) o 5 25042-{EQ) E?.n =+ 131V

This is thermodynamically feasible but does not take place because it requires
the reaction between two negative ions and so has a high activation energy. The
reaction is catalysed by Co** ions. When added to the mixture, rapid evolution of
gas (carbon dioxide) is seen. The Co** ions, which are pink, oxidise the C,0 " jons
and are reduced to blue Co** ions. These then reduce the §,04%" ions and the pink
colour due to Co* ions is then seen again.

The standard reduction potentials of some transition metal ions, arranged in order of
increasing oxidising power, are given in Table 5.5. The ion on the top right (Cr’*)
is the best reducing agent in the list and that at the bottom right (Fe3*) is the worst
reducing agent,

Common chemical properties of transition metals



Tip
A reduction potential

measures the ease of

reduction of a substance,
The more positive the
reduction potential,

the more likely it is that
the substance will be
reduced and, therefore,
the stronger it is as an
oxidising agent.

Table 5.5 Standard reduction potentials for some transition metal ions

aoqaton e

Cr3+ 4 @ — Cra+ -0.41
Vi+ 4 @m — v -0.26
Cr04%- + 4H,0 + 3~ — Cr(0H)3 + 50H~ -0.13
[CO(NH3)g]?** + e~ — [Co(NH3)e]** +0.10
Cu?* + e~ — Cu* +0.16
VO 4 2H* + @ — V3* 4 Hz0 +0.34
[Fe(CN)g]* + @~ — [Fe(CN)g]* +0.36
Cu* + & — Cu +0.52
MNO4?= + 2Hz0 + 26~ — MnOz + 40H~ +0.69
Fe* + @~ — Fa? +0.77
VOz* + 2H* + 8~ — VO2* + H0 +1.00
MnOj + 4H* + 28~ — Mn®* + 2H,0 +1.23
Cry07%- + 14H* + 6@~ — 2Cr** + THRO +1.33
MNO4~ + BH* + Be~ — Mn®* + 4H20 +1.61
Co* + @~ — Co** +1.81
Fa04? + BH* + 36~ — Fe¥* + 4H 0 +2.20

In Table 5.5, the water ligands have been omitted to simplify the equations. Ligands
other than H,O are included in the formulae.

Notice the effect of the ligand on the value of E®;

e The reduction potential of the hydrated iron(i) ion is more positive than that
of the hexacyanoferrate(rr) ion. This means that the +3 oxidation state becomes

stabilised relative to the +2 state by the change to the strong cyanide ligand.
Therefore, hydrated iron(rrn) is a stronger oxidising agent than hexac yanoferrate(r1i).

# This is even more noticeable with cobalt(1m1). Almost nothing will oxidise hydrated
Co?* jons to hydrated Co3* ions, but if the Co?* is complexed with ammonia, the
oxidation can take place.

_

Test yourself

3 a) Use the table above and the reduction potentials on p. 104 to predict
whether hydrogen sulfide will reduce VO,* ions to VO#* or to V3 jons.

b) Write the overall equation for the reaction that takes place.

Bonding

In most compounds, in the +2 and +3 oxidation states, the transition metals are
ionically bonded. For example, iron(m) sulfate, FeSOy, is ionic, as is chromium/(r)
sulfate, Cry(SOy4)a. Anhydrous chlorides, bromides and 1odides are usually covalent,
but are ionic when hydrated.
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When the transition metal is in an oxidation state of +4 or higher, it is covalently
bonded, often in an anion. For example, the manganese atom in a MnO,™ ion is
covalently bonded to the four oxygen atoms by one single and three double bonds
(Figure 5.4).

Different cation charges

The extra energy required to remove a third electron from an Fe?* ion (the third
ionisation energy) to form Fe?" is only 42960k] mol™, This can be recovered either
from lattice energy, if it formg a solid, or from hydration energy of the cation, if it
is in solution,

This is not the case with calcium, where removal of a third electron would have to
be from an inner shell. The third ionisation energy of calcium is +4940 k] mol™!,
which is too large to be recovered from lattice or hydration energy.

Number of covalent bonds

For each covalent bond to be formed, the element must have an unpaired electron in
its valence shell. For transition metals, the valence shell consists of the occupied 4s-
and 3d-orbitals and the unoccupied 4p-orbitals. All these are at a similar energy level
and so can be used for bonding. For example, the valence electron configuration of
manganese is shown in Figure 5.5.

3d ds
VILELEILEILE]
Figure 5.5

4p

When 1t forms seven covalent bonds, as in the MnO,™ ion, it has to have seven
unpaired electrons, This is achieved by promoting an electron from the 4s-orbital

into an empty 4p-orbital. These seven unpaired electrons are then used to form
seven covalent bonds (Figure 5.6).

4p

3d s
P [ [

Figure 5.6

As the energy levels of the 3d-, 45- and 4p-orbitals are similar, little energy is required
for promotion and this is recouped from the bond energy released. This means that
the overall energy change through logsing electrons followed by hydration of the

ions (or placing ions into a lattice) and the overall energy change for promotion of
electrons followed by covalent bond formation are both exothermic and, therefore,

likely to be thermodynamically feasible.

Zinc has a stable d'° configuration, The energy needed to promote any of these
electrons would not be regained from the energy released by covalent bond

formation. Therefore, zinc does not show variable oxidation states.

Formation of complex ions

The accepted A level theory is that a dative covalent bond forms between an atom in
the ligand, which donates a pair of electrons, and the central metal ion.

Common chemical properties of transition metals
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Tip

Never state that there are
Mn™ ions. An oxidation

state of +7 is different
from an Mn™ ion.

o
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| represents an Mn

electron; | represents an O
electron

Tip

A ligand is an ion or
molecule that is bonded
via a dative covalent bond

to a metal ion. An atom
in that ligand must have a

lone pair of electrons.




Tip

The formulae of complex
jons are always written

between square brackets.

H,0 b= \OH,

L OH; -
Figure 5.7

j————
Tip

When drawing hydrated
ions make sure that the

dative bonds all start from
the O of the H,0 and not

from the H.

Aqua ions

When d-block cations are dissolved in water they become hydrated. The oxygen
atom in a water molecule has a lone pair of electrons that forms a dative covalent

bond with an empty 3d- or 4p-orbital in the metal ion. Most trangition metals form
complex aqua ions with six water ligands [M(H;0),]? or 3+,

An example of an aqua ion i the hydrated chromium( (i) ion, which has the formula
[Cr(H,0)6]**.

@ The water molecules are called ligands.

e One of the lone pairs of electrons on the oxygen atom of each water molecule
forms a dative covalent bond with an empty orbital in the Cr** jon.

» Six dative bonds form, so the hydrated ion has the coordination number 6.

e The ion, with its water molecules bonded to the central metal ion, is called a
complex ion,

The coordination number is the number of near neighbouring atoms
that are bonded to the central ion.

In the example of the [Cr(H,O)¢]** ion, the Cr'* ion has six oxygen atoms (one
from each of the six water ligands) as near neighbours,

The shape ofthis complex ion can be predicted using valence-shell electron-pair repulsion
(VSEPR) theory. There are six dative bonds, each containing a pair of electrons. These
gix pairs of bonding electrons repel each other to the position of minimum repulsion,
which 1s also the position of maximum separation. The shape is, therefore, octahedral.
All complex ions with coordination number 6 are octahedral (Figure 5.7).

Other complex ions
Monodentate ligands

There are many molecules and anions that can form complex ions with transition
metal cations:

o Ammonia, NHs, and organic amines such as ethylamine, C;H:NH,, form
complexes. An example is the complex of Cu®* and ammonia, which has the
formula [CU(N‘H;;:M(HgD);]z'P.

» Anions such as CI” and CN™ also form complexes:
= [Fe(CN)g]*~ is a complex between an Fe* ion and six CN~ ions.
= [CrCly]™ 1s a complex between a Cr** ion and four C1™ ions.

It i1s energetically unfavourable to fit six large ligands around a small cation. The
CI1™ ion is much larger than a Cr** ion and the complex formed has a coordination

number of 4, The shape of this ion is tetrahedral, with a bond angle of 109,5%

The [CuCl,]™ complex ion has two CI™ ligands around a central Cu* ion. This
complex ion is linear with a 180° bond angle.

These examples of complexing species, and also water, are monodentate ligands,
in which the ion or molecule uses one lone pair of electrons to form a dative bond
with the d-block ion,

e
Test yourself

4 Draw a diagram of the [Fe(CN)s]*~ ion to show its shape. Mark on your
diagram the bond angles.
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Platinum complexes as chemotherapy drugs

A platinum(r) ion, Pt**, can form a complex with two ammonia molecules and two
chloride ions. This is a neutral complex, platin, with formula [Pt(NH,),Cl,]. Its shape is
planar and the two chlorine ions can be arranged ¢is or trans to each other (Figure 5.8),

C,“\ /u c;\ /NHa
e P‘\g‘ga HsN P\g,
os- trans-

Figure 5.8

The platinum complex bonds to adjacent guanine molecules in one strand of DINA
in cancer cells by a ligand exchange reaction. Each of the chloride ligands is replaced

by one of the nitrogen atoms in guanine. This prevents replication of the DNA. The
damaged cancer cell is then destroyed by the body’s immune system. Unfortunately,

cis-platin has a number of side effects including kidney damage and the inhibition of

hair growth, The latter results in patients, who are undergoing chemotherapy, losing
their hair temporarily.

A newer anti-cancer drug is the E-isomer of a complex that contains two platinum
ions. This complex bonds to two guanine molecules in different strands of the DINA

in a cancer cell, completely blocking its replication (Figure 5.9),

CI\H /NHa H:N\H /ca
H;N/ \NH:—(CH:):—Hzﬂ/ \NH:

Figure 5.9

Bidentate ligands

Some more complex molecules or ions have two lone pairs on different atoms and so
can form two dative bonds with the central metal ion. The geometry has to be correct
for this to happen, as a ring is formed. Such ligands are called bidentate ligands.
Two examples are 1,2-diaminoethane, NH,CH,CH;NH;, and ethanedioate ions,
“O0CCOO™ (Figure 5.10),

/INH,_\ Gl

<
e

Nt

Figure 5.10

The ring involving the bidentate ligand contains five atoms. Five-membered rings, sevrsvessssssvosvessvassassnss

such as in glucose, are stable stereo structures with no bond strain,

Polydentate ligands

Other species can form five or six dative bonds with the central metal ion, These are
called polydentate ligands. One of the best reagents for forming complexes of this
type is the disodium salt of EDTA. EDTA loses two further H* ions to give an ion

with two amine groups and four carboxylate groups (Figure 5.11),

:6 L 3
N _ ot o
Cﬁ§¢$CF___-cﬂiﬂl L] CFB-__- Q§::D
O /N—CH:—CH:—H\ P
?c—cn, CH,—c<

Figure 5.11
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Dimethylamine cannot act
as a bldentate ligand as,

It It did, It would form &
four-membered ring with the
metal lon, The bond strain

would be too great for this
to be stable,
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EDTA stands for
ethylenedlamine-tetraacetic
acld.




Tip
The formula of

haemoglobin need not be
remembered for A level.

Therefore, EDTA has six sites containing a lone pair (marked in red) and so can

form six dative bonds.

Some common ligands are listed in Table 5.6,

Table 5.6 Common ligands

ame
Neutral Water

Ammonia

Methylamine

Fluoride

Chioride

Cyanide
Thiocyanate
Hydroxide

Sulfate
1,2<dlaminoethane
Ethanedloate
Polydentate EDTA

Negative lons

Bldentate

Hy0

NH3

CH3NH,

e

(ol

CN-*

SCN-

OH-

80,4%-
NHZCH,CHaNH;
~00CCO0-

=4 0OCCH2)zN(CHz2)2N(CHC00)z%-

* The cyanide lon normally bonds through the carbon atom.

In the haemoglobin molecule (Figure 5.12), the iron ions are complexed with an
organic species that can form five bonds to the metal, The sixth position is taken up

either by an oxygen molecule (arterial blood) or by a water molecule (venous blood).

OH
Figure 5,12 The structure of haemoglobin
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The four nitrogen atoms act as ligands with the central Fe?* ion forming a planar
structure. The iron is also bound strongly to a globular protein below the ring (not
shown in the diagram). A sixth position, which is above the ring, can reversibly
bind oxygen by a dative covalent bond, thus completing the octahedral group of
six ligands. When oxygen is removed, a very weakly bonded water molecule fills
the site, forming a distorted octahedron. Carbon monoxide can bind irreversibly in

the position where oxygen is normally bound. This prevents haemoglobin carrying
oxygen to cells and, if enough carbon monoxide has been inhaled, the person dies.

[ LS
Test yourself

5 Give the formula of;
a) a chromium(i) complex ion b) a copper(n) complex ion

Common physical properties of transition
metal ions

Coloured ions

The d-orbitals in a transition metal ion are all at the same energy level, but they
point in different directions. Three of the orbitals point between the x-, y- and
>-axes and two point along these axes (Figure 5.13),

3d,-orbital 3d,,-orbital
Figure 5.13 Shapes of the d-orbitals

When six ligands approach the ion, they do so along the x-, y- and >-axes. This
causes greater repulsion with the two d-orbitals that point along the x-, y- and >-axes

than with the three that point between the axes. The energy levels of the d-orbitals
are split into a lower group of three and an upper group of two (Figure 5.14).

T

no ligand with six ligands
Figure 5.14 Splitting of d-orbitals by six ligands
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The energy difference Ay between these two sets of d-orbitals in a typical

octahedral complex ion is equal to the energy of a photon in the vigible region
of the spectrum,

When white light shines through a solution of a complex ion of a transition metal,
photons of a particular frequency are absorbed and their energy promotes an electron
from the lower energy level to the upper energy level. This is called a d=d transition.

A colour is removed from the white light and the solution has the complementary
colour to the light absorbed (Figure 5.15). Within a fraction of a second the ion with

an electron in the upper level collides with another ion. The electron drops down
and energy is released as heat. The complex ion is once again in the ground state,

able to absorb more light energy.

\Q
4[ ]

1
| Ol N et

Figure 5,15 Absorption of light energy

lons with no d-electrons are not coloured simply because they do not have any
d-electrons to promote. Therefore, Sc?* and Ti*" are colourless, as both have the
electron configuration of [Ar] 3d° 4s°,

lons with 10 d-electrons are also not coloured. Even though the energy levels of
the d-orbitals are split by the ligands, they are full, so promotion from a lower d- to
a higher d-level is not possible. Therefore Cu* ions, electronic configuration [Ar]
3d' 4s° form colourless complexes such as such as [Cu(NH3),]". Likewise Zn?**
ions, electronic configuration [Ar] 3d'0 4% also forms colourless complexes such as
[Zn(H,0)6)*".

The colour wheel shown in Figure 5.16 shows the relationship between the colour
of the light absorbed and the complementary colour of the complex ion. These
Figure 5.16 The colourwheel  colours are diametrically opposite each other,

The [Cu(HyO)e)** ion absorbs orange light, so it ig blue. The [Ni(H,0)¢]** ion
absorbs red light, so it is green.

The sequence of events for the colour of transition metal complexes is as follows:

» energy levels of the d-orbitals already split by ligands

e light energy absorbed, removing colour from white light — electron promoted to
higher level

e transmitted light has complementary colour of absorbed light

With flame colours, the opposite takes place:

& heat from Bunsen — electron promoted
e electron falls back, emitting coloured light

These two processes must not be confused.
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Test yourself

G What colour of light is absorbed by:
a) [Cr(H;0),4Cl5]*, which is green? b) [Fe(H;0)gNCS]?*, which is red?

Effect of ligand on colour

Some ligands interact more strongly than others with the d-electrons and so cause a
greater splitting, The relative strength of ligands is shown in Figure 5.17.

Strong  CN-

ligands  NHaCHzCHaNHz

NH,

H,0

VOCCO0- (ethanedicate)
OH~

-

Y SCN-

Weak €I

ligands SO~

Figure 5.17 Relative strength of ligands

A strong ligand splits the d-orbitals in the complex ion to a greater extent than a
weak ligand does (Figure 5.18).

Ruwiyl ~ S
Weak ligand Strong ligand
(CI) (CN)

Figura 5,18 Splitting of d-orbitals by differant ligands

If a stronger ligand replaces a weaker ligand, the colour absorbed moves towards
the high-energy (violet) end of the spectrum. This can be shown by the addition of

excess ammonia solution to aqueous copper sulfate, The reaction is:
[Cu(H,0),]** (aq) + 4NH4(aq) — [Cu(NHy)(H,0),]**(aq) + 4H,0(1)

Relatively weaker H,O ligands have been replaced by stronger NHjy ligands. The
absorption moves from orange towards yellow and the colour of the complex changes
from blue to violet-blue (see Figure 5.16),

Common physical properties of transition metal lons

Solutions of some complex
metal ions (left to right:
[Ti(H20)g]*", [Co(H;0)e]**,
[Ni(Hz0)g]** and [Cu(H;0)g]*")




Oxidation number of the transition metal ion

An ion with a high charge density will attract a ligand strongly, so the splitting of the
d-orbitals will be greater. The [Fe (Hzo)ﬁ]z“' ion absorbs red light, which means that it
is green. The [Fe(H,0),]** ion absorbs yellow light and is amethyst (pale purple-violet),

Change in coordination number
The d-/d- splitting differs between that caused by an octahedral field and that caused
by a tetrahedral or planar field.

The coordination number of a complex ion is the number of atoms
bonded directly to the central metal ion.

Thus if the coordination number changes, the colour will change.
When concentrated HCI is added to a solution of copper(11) chloride, the equilibrium:

[Cu(H,0)]**(aq) + 4CI~(aq) = [CuCL]*~(ag) + 6H,O(1)
blue yellow

is driven to the right. The colour changes from blue via green to yellow, The green

colour occurs when both [Cu(H,0),]** and [CuCl,]*™ are present. The light absorbed
changes from orange (causing the ion to be blue) to violet (causing the ion to be

yellow). The coordination number in [Cu(HzD)a]:"' is six and in [CuCl,.]z‘ it is 4,

Summary

The colour of transition metal complexes is caused by the ligand splitting the
d-orbitals into two different sets of energy levels. Light is absorbed and an electron

promoted. The colour of the complex is the complementary colour to that absorbed.

The d-orbital splitting of the transition metal, and hence the colour of the complex,
depends on the nature of the ligand and on the oxidation state of the transition metal

and the coordination number of the complex.

Stereoisomerism

Some octahedral complexes exhibit geometric (cs-/trans-) isomerism and some
exhibit optical isomerism.

Cls=trans isomerism occurs in octahedral and square planar complexes (but not

tetrahedral). When two ligands are adjacent they are said to be cis, when opposite
each other, trans,

The geometric isomerism of the planar complex [Pt(NH,),Cl;] was shown on
p. 133, The two geometric isomers of the octahedral complex [Co(NH,),Cl,])* are
shown in Figure 5,19,

Figure 5.19 (a) cis-[Co(NH3)4Cl3]* (b) trans-[Co(NH3)4Cl5]*
@ 5 Transition metals (Toplc 16)



Optical isomerism occurs with bidentate ligands such as 1-2-diethylamine,
NH,;CH,CH,;NH,;, and the ethanedioate ion, "OOCCOO", The isomers of the
iron(11) complex [Fe(OOCCOO),)*~ are shown in Figure 5.20. One is the mirror
image of the other and so they rotate the plane of plane polarised light in opposite
directions (see p. 191).

Figure 5.20 Optical isomerism
_
Test yourself

7 Draw the two optical isomers of the complex [Cr(en)s]** where en stand for
the bidentate ligand 1,2-diaminoethane.

l Reactions of transition metal elements

Vanadium

Vanadium forms compounds in the +2, +3, +4 and +5 oxidation states (Table 5.7).
The colour of the ions depends on the oxidation state of vanadium,

Table 5.7 Oxidation states of vanadium and colours

of the ions

Solutions of vanadium in the
state of the lon +2, +3, +4 and +5 oxidation
+2 V2 Lavender = states
+3 Va+ Green |
+4 vo?+ Blue N
+6 Vog* Yellow -

VOg~ Colourless

Ammonium vanadate(v), NHy;VOj, is a colourless solid, but when added to water,
the solution is yellow. This is because of the reaction:

VO;~ + H,O & VO,™ + 20H

Addition of acid drives the equilibrium to the right and the yellow colour becomes
more intense,

This is not a redox reaction because vanadium is in the +5 oxidation state in both
VD;;- ﬂ.l‘ld VO;*.

The standard reduction potentials for the redox changes of vanadium are shown in
Table 5.8.
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The colour change Is
actually yellow to green to
biue. The green colour I8
when equal amounts of VO,*
lons (yellow) and V3* lons
(blue) are present,

Table 5.8 Standard reduction potentials for vanadium

Reduction half-equation Change In oxidation state E%/V

VOg* + 2H* + @~ = VO?* + Hz0 +6 to +4 +1.00
VO? + 2H* + &= = V¥ 4 H0 +4 10 +3 +0.34
V34 e = v +3to +2 -0.26

Worked example

When Fe?*(aq) and Sn?*(aq) ions are added to separate solutions of vanadium(v)
ions, VO,*(aq), what will be the final colour of each solution?

Fe''(aq) + e~ = Fe''(aq) E®=+077V
Sn*'(aq) + 2e” = Sn*'(aq) ©=+015V

Answer

1 Iron(u) ions as the reducing agent

1) Reduction of vanadium(v) to vanadium (1v):

VO, ' +2H ' +e = VO*' + H,0 E®=+100V
Fe?' == Fo’t + ¢~ E®==077V
Overall:

VO,' +2H" + Fe*' = VO*' + H,0 + Fe'' E&) =+1.00+ (-0.77)=+0.23V
E% for the reaction is positive so the reduction is feasible.
h) Subsequent reduction to vanadium(m)

VO +2H ' +e = V' + H,O E®=+034V
Fe'' = Fel' + - E*=-077V
Overall:

VO*' +2H' +Fe*' = V"' + H,0+Fe'' Efy=+034+(-077)=-043V
E% for the reaction is negative, so the reduction is not feasible.

The conclusion is that iron(n) ions will reduce vanadium(v) to vanadium(iv)
but not to vanadium(m), and so the colour will change from yellow to blue,

2 Tin{u) ions as the reducing agent

#) Reduction of vanadium(v) to vanadium (1v):

VO,* +2H' + e~ = VO* + H,0 Ee=+]100V
Snit = Sn*t + 2e” E®==015V
Overall:

VO, +4H" + Sn?* = 2VO + 2H,0 + Sn**  ES, =+1.00 + (~0.15) = +0.85V

E%. for the reaction is positive, so the reduction is feasible.
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b} Subsequent reduction to vanadium(m)
VO +2H'+e =2 V'+H,0 E®=+034V
Sn?* = Sn** + 2e” E®=-0.15V
Overall:
VO +4H" + Sn*' = 2V*" +2H,0 + Sn*"  E®, =+034 + (-0.15)=+0.19V
ES,, for the reaction is positive and so the reduction is feasible,

The conclusion is that tin(n) ions will reduce vanadium(v) first to vanadium(iv)
and then to vanadium(m).

The value of E§, for the reduction of vanadium(m) to vanadium(u) by tin(n) is
-0.41V and so that reaction does not take place.

The conclusion is that tin(n) ions will reduce vanadium(v) first to vanadium(iv)

and then to vanadium(iu) and so the colour changes from yellow (via green and
blue) to green,

The predictions made in the worked example above can be checked experimentally:

e Mix together equal volumes of dilute hydrochloric acid and iron(m) sulfate

solution,
e Add a few drops of ammonium vanadate(v) solution

# Observe the final colour. (Warm if necessary.)
Repeat the experiment using a solution of tin(ir) chloride instead of iron(i1) sulfate.

Check that the final colours obtained agree with the predictions,

Test yourself

8 a) Use Table 5.8 to predict the oxidation state of vanadium when oxygen gas
is blown through an acidified solution of V3+ ions:

0(2) + 2H(ag) + 26 > H,00) E®=+123V

b) Write the equation for the overall reaction that takes place.

Reduction to vanadium(n)
This can be achieved by warming a solution of powdered zinc¢ with ammonium
vanadate(v) in the presence of 50% hydrochloric acid solution, The experiment is

carried out in a conical flask fitted with a Bunsen valve in order to exclude air. The
VO,* ions are steadily reduced and the final colour is lavender, due to V27 jons.

The solution containing yellow VO,* ions first turns green, This is caused by a
mixture of yellow VO,* ions and blue VO?* ions, The solution turns blue when all
the VO,* ions have been reduced to blue VO2* ions, then green again as V** ions
are formed and finally lavender when reduction to V** is complete.

Chromium

The oxidation states of chromium
The colours of chromium ions in different oxidation states are shown in Table 5.9,
The standard reduction potentials for chromium are shown in Table 5,10,

Reactlons of transition metal elements | ' 7

LLLES IR EAR AR L TR A ARAD

E%, values predict that
sulfur dioxide should reduce
vanadium(v) to vanadiumm).

But, as the activation energy
for reduction to V3+ Is too

high, the reaction stops at
vanadlum(iv).
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This Is not a redox reaction
as the chromium In both

specles [s In the +6
oxldation state,

=
Tip
Make sure that you choose
a half-equation with

hydrogen peroxide on the
right.

Tip

You must always cancel
electrons when writing an
overall equation from half-
equations.

Table 5.9 Oxidation states of chromium and colours of the ions

Oxldation state | Formula of the lon

+2 Cra+ Blue

+3 Cri+ Green

+6 Cro 2~ Yellow
Cra042- Orange

Table 5.10 The standard reduction potentials for chromium

Reduction half-equation

Cr07%7(aq) + 14H*(aq) + 6e~ & 2Cr3*(aq) + TH0  +6 t0 +3 +1.33V
Cr¥*(aq) + e~ & Cr¥*(aq) +3 to +2 -0.41V

The +6 state
Potassium dichromate(vi) contains the Cr,04~ ions. These are in equilibrium with
chromate(vi) ions.

Cr,0,*" + H,0 += 2CrO, " + 2H*
orange yellow

Addition of alkali drives the equilibrium to the right by removal of H* ions, This
will cause the solution to change from orange to yellow. Conversely addition of acid
to an aqueous solution of CrO 4=~ jons drives the equilibrium to the left, turning the
solution from vellow to orange.

Reduction from +6 to +3
Potassium dichromate(vi) in acid solution is a good oxidising agent, so it will be
reduced by many reducing agents.

AT e A e VL
Worked example

Use Table 4.1 on p. 104 to calculate whether acidified potassium dichromate(v)

will oxidise hydrogen peroxide under standard conditions, If so, write the ionic
equation for the redox reaction.

Answer
The half-equations and their standard reduction potentials are:
O:(g) + 2H'(aq) + 2 = H:0:(aq) E®=+068V

Cr,0,* (aq) + 14H'(aq) + 6e~ = 2Cr''(aq) + TH,0() E®=+133V
Multiplying the top equation by 3 and then reversing it, gives:
3H,0:(1) + Cr;0+* (aq) + 14H'(aq) = 2Cr''(aq) + 7H,0(1) + 30,(g) + 6H'(aq)
E®,=~(+0.68)+ 133V=+065V
This is positive, so the reaction is feasible.

The overall equation must not have H* ions on both sides. Cancelling them
results in:

3H,0,(1) + Cr,0,*"(aq) + 8H'(aq) = 2Cr**(aq) + 7H,0() + 30,(g)
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Oxidation from +3 to +6
Hydrogen peroxide in alkaline solution is a powerful enough oxidising agent to
oxidise Cr** ions to CrO,2~ iony:

CrO4(aq) + 4H,O(1) + 3¢~ + Cr(OH)(s) + 50H"(aq) FE®=-0.13V
H;Os(aq) + 2™ &= 20H (aq) E® = +1.24V

To get the overall equation and the E2,, value, the top equation has to be reversed
and multiplied by 2 and added to the bottom equation multiplied by 3.

31‘]302(&(’.}) + Z-CE(DH)a(B) . 40]‘1‘{2(’,‘[) = EHQD(I] + 2(:1'04:"(2(1}
E®, = +1.24 —(-0.13) = +1.37V

The +3 state
The most common compounds of chromium(111) contain the hydrated ion.

Hydrated chromium(mi) chloride exists in several forms with different numbers of
chloride ions within the coordination sphere:

Form I: [Cr(H,0),|Cl, is grey-blue
Form II: [Cr(H,0)sCI|Cl; is pale green
Form I1I: [Cr(H,0),Cl;]Cl is green

I mol of form I reacts with excess silver nitrate solution to form a precipitate of
3mol of silver chloride; 1mol of form II gives rise to a precipitate of 2mol of silver
chloride; 1 mol of form I11 gives only 1 mol of precipitate.

Reduction to +2

When a solution of Cr;O52~(or of Cr?*) jons is reduced by zinc and acid, the solution
eventually goes blue as the Cr**(aq) ions form. These ions are very easily oxidised,
but if they are reacted with ethanoate ions, a stable complex is formed.

A solution of potassium dichromate(vi) (or of chromium(im) sulfate) is placed in a
flask with some zinc and 50% concentrated hydrochloric acid. A delivery tube is fitted
with the bottom end below the surface of the acidified potassium dichromate(vi)

solution and the other end below the surface of a solution of sodium ethanoate
(Figure 5.21).

CH4COONa(aq)

Figure 5.21 Preparation of the chromium(i) ethanoate complex
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The seal at the top is loose to let hydrogen escape. The orange solution first turns
green as Cr'* iong are formed and then blue as these are reduced to Cr** ions.

At this stage, the cap of the seal is screwed shut and the pressure of hydrogen forces
the solution out into the test tube containing ethanoate ions.

The hydrated chromium i) ions undergo ligand exchange and a precipitate of the
neutral red chromium(ir) ethanoate complex is formed:

2[Cr(H,0)62* (ag) + 4CH1CO0™(aq) = [Cra(CH;CO0),(H20),](6) + 10H,0(1)

One interesting feature of this complex is that the two oxygen atoms in each
ethanoate ion form dative bonds with different Cr** ions.

The E®, for this reaction can be calculated from the half~equations:
Zn?**(aq) + 2e~ += Zn(aq) E® = =076V
Cr*(aq) + e~ &= Cr?*(aq) E® = -041V
Overall equation:
2Cr** (aq) + Zn(s) & 2Cr** (aq) + Zn**(aq)
E®, = =(—=0.76) + (-0.41) = + 0.35V

Test yourself
9 Give the formula of a compound of chromium in the following oxidation states:
a) +2 b) +3 c) +6

Deprotonation of hydrated transition metal ions

When a base is added to a solution of hydrated d-block ions, deprotonation takes
place to a greater or lesser extent depending on the strength of the base.

Deprotonation is a reaction in which a base removes a proton (H" ion)
from the species.

By water

Water 1s a very weak base and only significantly deprotonates 3+ aqua ions such as
[Cr(H20)4)*".

[Cr(H,0)4]** (aq) + H,O(l) = [Cr(H,0)5(OH)]**(aq) + H;O*(aq)

The formation of the HyO" ion makes a solution of a chromium(i) compound
acidic, with a pH of less than 7. Further deprotonation is not extensive,

A similar reaction takes place with hydrated iron(m) ions:
FE(H:O)5]3+(3{]) + HZO(D = [FQ(H:D:];(OH)]2+(RQ) . H;O"'(aq‘)
amethyst yvellow-brown

The charge density on a divalent ion such as Cu?®* is lower, so it attracts the ligand

electrons less and the hydrogen atoms in the water ligands are less &+. This means
that very little deprotonation takes place with hydrated copper(11) ions and water and

s0 the solution is only slightly acidic.
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By stronger bases

All hydrated d-block ions are deprotonated when other bases, such as the strong base
sodium hydroxide or the weak base ammonia, are added. The deprotonation is so

extengive that an uncharged and hence insoluble species ig produced. For example:
[Cr(H,0)6)*"(ag) + 30H™(aq) — [Cr(H0)3(OH)3(s) + 3H0())
[Cr(H20)¢]**(aq) + 3NH;3(aq) — [Cr(H,0)3(OH)s)(s) + 3ANHy*(aq)
[Fe(H0)4]* (aq) + 30H"(aq) — [Fe(H,0)3(OH)s)(s) + 3H,0()
[Fe(H;0)e]*" (aq) + 3NH;(aq) — [Fe(H,0)3(OH)s](s) + 3NH,*(aq)

Metals in the +2 oxidation state also form precipitates of the hydrated hydroxides,
for example:

[Fe(H20)6]**(aq) + 20H"(aq) — [Fe(H20)4(OH);)(s) + 2H,0())
[Fe(H20)6]** (aq) + 2NHs(aq) — [Fe(H;0)4(OH);](s) + 2NH,"(aq)

[Co(H,0)¢)**(aq) + 20H™(ag) — [Co(H,0),(OH),)(s) + 2H;0() otk b
[Co(H,0),]**(aq) + 2NH,(aq) = [Co(H,0)(OH),](s) + 2NH,*(aq) .
u(H-0). 13 + 20H" C OO ) + Ol the coordinated water,
[Cu(H;0)6]*"(aq) H™(aq) — [Cu(H,0)4(OH);)(s) + 2H,0(]) it DD s P ol
[Cu(H;0)¢]?* @) + 2NH;(aq) = [Cu(H;0)4(OH)s)(s) + 2NH,*(aq) hydroxide.

Amphoteric hydroxides
With some d-block metal lonsg, if an excess of a strong base i1s added, further

deprotonation can take place. These are the amphoteric hydroxides that dissolve in
excess sodium hydroxide solution. For example:

[Cr(H20)3(OH)3](s) + 30H(aq) — [CrOH)e)*~(aq) + 3H,0()
[Zn(H;0),(OH),](s) + 20H (aq) — [Zn(DH)4]2"(aq)- + 2H,0(])

An amphoteric hydroxide is one that can act as either an acid OF @ DASE, 80 L, .iiiicenaossnsdasssieshnsssns

chromium( (i) hydroxide also reacts with acids: The formula of a metal
hydroxide can be written
Cr(OH)s(8) + 3H*(aq) — Cr¥**(aq) + 3H,O()) with or without the water

_ : ; ; ; ligands, Thus both Cr(OH)s
The colour of the hydrated hydroxide formed with sodium hydroxide solution and  gnq [crOH)s(H,0)5] are

whether or not the precipitate dissolves in excess can be used to identify a transition  geceptable as the formula of
metal and its oxidation state. The colours are listed in Table 5.11 on p. 146. chromium(m) hydroxide,

L -5
" -
e

T

-

Hydroxides of, from left: iron(u1), iron(in), copper(in) and nickel(ir)
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[H7018 Is omitted from the
expression for K because

It Is the solvent and
therefore Its concentration

Is constant,

Table 5.11 Effect of adding sodium hydroxide solution to some hydrated ions

Colour of precipitate Effect of adding excess
NaOH

Cr¥* In [Cr(H;0)g]?* Green Forms green solution
M2+ In [Mn(H,0)g)?* off-white* None

Fe?* In [Fe(H,0)g)** Green! None

Fe® In [Fe(H50)g]** Red-brown None

Co?* In [Co(Hz0)e]** Blue® None

NIZ*+ In [NI(H20)e]?* Green None

Cu?* In [Cu(H20)s]** Blue None

Zn?+ In [Zn(H,0)g]?+ White Forms colouriess solution

*The precl Itate with Mn(u salts darkens on exposure to alr as It 1s slowly oxldised to
P po

manganese(v) oxide, Darkening Is much more rapid I an oxidising agent (e.g. Hz02) Is added
to the precipitate,

T The preclipltate with Fe(n) salts goes brown on exposure to alr as It Is oxidised to lron(im)
hydroxide, Darkening I1s much more rapld If an oxidising agent (e.g. H;05) Is added to the
precipltate, Very pure solutions of Fe?* lons glve a pale green (almost white) precipitate of
hydrated lron(u) hydroxide.

¥ The precipitate of Co(OH); turns pink on standing as It loses water,

When sodium hydroxide 1s added to a solution of a silver salt, deprotonation of the

[AS(H20)2]+ 1ons takes place, followed by dehydration of the hydroxide to form a
brown precipitate of silver oxide:

2[Ag(H;0)2]*(aq) + 20H™(aq) — Ag,O(s) + 5H,O(])

Ligand exchange reactions

In complex ions, the ligands are not irreversibly bound and can be replaced by other
ligands in a ligand exchange reaction. In most cases, it is water ligands that are

replaced. The extent to which this happens is measured by the stability constant,
For the ligand exchange reaction:

M(H,0)¢*" + 4L = ML2* + 6H,0
or for:

M(H;0)g?* + 6L — MLt + 6H,0

The equilibrium constant is given by:
[ML4]:+
IM(H,0)¢] (L]
and the stability constant as:

[MLg)*

Lon [M(H,0)¢*F[L]°

or K=

stability constant = log K
The value of K depends upon:

e the relative strengths of the bond between the metal ion and the ligand
® entropy factors (p. 72)

@ 5 Transitlon metals (Toplc 15)



Stability constants for some copper(11) complexes are given in Table 5.12,

Addition of monodentate ligands to d-block ions

Addition of ammonia
The addition of excess ammonia solution to some ions results in ligand exchange.

These are the ions that dissolve in excess ammonia to form an ammine, All transition
metal ions are first deprotonated by basic ammonia, forming precipitates of hydrated
hydroxides. The hydroxides of cobalt(ir), nickel(r1), copper(r1), zinc(1) and silver(r)
readily form an ammine by ligand exchange. The precipitate of chromium(ii)
hydroxide reacts very slowly to form an ammonia complex,

The blue precipitate of hydrated copper(n) hydroxide redissolves in excess ammonia
solution:

[Cu(H,0)4(OH),]) + 4NHs(aq) — [Cu(NH3),(H,0)** + 20H-(aq) + 2H,0())

The overall reaction between hydrated copper(11) ions and ammonia solution is the
exchange of four water ligands by ammonia ligands:

[Cu(H,0)6)* (aq) + 4NH3(aq) — [Cu(NH3),(H;0)2)**(aq) + 4H,0O(1)

The results of gradually adding ammeonia solution to hydrated ions of some d-block
elements until it is in excess are shown in Table 5.13.

Table 5.13 Effect of adding ammonia solution

Colour of precipitate | Effect of adding excess ammonia
when a small
amount Is added

Cr3* In [Cr(HL0)g)**  Green T Dissolves slightly to form a green
solution

Mn?* In (Mn(Hz0)e]?*  Off-white* None

Fe?* In [Fe(Hz0)]**  Green* None

Fed+ In [Fe(H,0)g)®*  Red-brown None

Co?* In [Co(Hz0)g]**  Blue Dissolves to form a brown solution

NI%* In [NI(H0)g*  Green Dissolves to form a pale blue solution

Cu® In [Cu(Hz0)**  Blue Dissolves to form a deep blue solution

Zn®* In [Zn(Hz0)**  White Dissolves to form a colourless solution

Ag' In [Ag(Hz0),]* Brown Dissolves to form a colourless solution

* The preclipitates of Mn(OH)z and Fe(OH)z darken as they oxidise In alr,
T The ammonla complex with chromlum hydroxide forms very slowly. If liquid ammonia Is

added to solld hydrated chromium(ui) chioride, the ammonlia molecules take the place of
water molecules around the chromium lon:

[Cr(Hz0)g]Cl3 + 6NH3 — [Cr(NH3)g]Cly + EH0

¥ The brown precipitate of sliver oxide |s often not sean because the ammonla complex

forms s0 easlly. Adding ammonia solution to a precipitate of AgCI or AgBr also makes this
sliver complex:

AgCI(s) + 2NHs(aq) — [Ag(NHs)2]"(aq) + CI"(aq)

AgBr Is s0 Insoluble that concentrated ammonla Is required, Agl Is even more Insoluble and
the complex doas not form, even with concentrated ammonia,

Reactlons of transition metal elements

Table 5.12 Stability constants
for some copper(i1) complexes

[CuCl4)*
[CU(NH3)4]2+
[CU(EDTA)]*-

6.6
13.1
18.8
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Test yourself

10 State what you would see in, and write the equations for, the separate
reactions of sodium hydroxide and of ammonia solution with a solution of:

a) nickel(in) ions b) copper(n) ions

Addition of chloride ions

The dative covalent bond between a metal ion and chloride ions is stronger than
that with water. However the chloride ion 18 much bigger and two or four ligands

only will fit around the metal ion. When concentrated hydrochloric acid is added
to aqueous copper(11) sulfate the solution turns yellow as [CuCly]*~ complex ions are
formed.

[Cu(H,0)4)** (aq) + 4C17(ag) — [CuCL*~(ag) + 6H,O(1)

A similar reaction takes place with hydrated cobalt(n1) ions forming [CoCl,)*"(aq)
ions.,

In both reactions the coordination number changes from 6 to 4,

Addition of cyanide lons
Cyanide ions form strong ligands with many hydrated transition metal ions in a

ligand exchange reaction. The test for iron(i) ions is to get a deep blue precipitate
(Prussian blue) when a solution of potassium hexacyanoferrate(1) is added. It can be

made in a ligand exchange reaction with cyanide ions.
[Fe(H,0) J**(aq) + 6CN~(aq) — [Fe(CN)eJ*~(aq) + 6H,0(1)
The precipitation reaction is;
Fe**(aq) + K*(aq) + [Fe(CN)g]*"(aq) — KFe[Fe(CN)g)(s)

Addition of bidentate and polydentate ligands to d-block lons
Transition metal ions, such as [Cr(H,0),**, react with 1,2-diaminoethane,
H;NCH;CH;NH;, which can be represented by ‘en’:

[Cr(H,0)6]*" + 3en = [Cr(en)s]*" + 6H,0
4 particles 7 particles

Both the nitrogen atoms in 1, 2-diaminoethane form dative covalent bonds with the
central chromium ion, forming a five-membered ring.

Diaminomethane cannot act as¢ a bidentate ligand as the resulting bond angle would
have to be 90° and this would result in too much strain,

Transition metal ions also react with EDTA:

[Cr(H;C.))!-,]-’* + EDTAY — [Cr(EDTA)]” + 6H,0
2 particles 7 particles

The driving force of these ligand exchange reactions is the considerable increase
in AS, - This is caused by the increase in number of particles as the exchange
reaction takes place.
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Copper(n) complexes
Copper forms a number of complexes.

Hydrated copper(i1) ions in selution consist of an octahedral arrangement of six water
molecules around the central Cu®* ion, [Cu(H,0)6)*". Two of the water molecules
opposite each other are further away from the copper ion than the other four, which
are in the same plane as the copper ion. The splitting of the d-orbitals is such that
the ion is turquoise-blue,

IIIIIII |H

Solid hydrated copper(ir) sulfate has the formula [Cu(H,0) ]SO H,0 and is the i
familiar turquoise blue. Each copper ion is surrounded by four water molecules.

The fifth molecule of water of crystallisation is bonded to the sulfate ion ) (t(H
(Figure 5.22).

; . : . ; Figure 5.22
When solid blue hydrated copper(i) sulfate is heated, it loses its water ligands. As

there are now no ligands, there is no splitting of the d-orbitals and so it does not * gt e e ntha "
absorb visible light. Therefore, anhydrous copper(1) sulfate is white. 8042~ lon are delocallsed

i . : O around the four oxygen
Solid hydrated copper(11) chloride, CuCl;.2H,0, is green because it is in fact the 000 Which share the 2-

complex ion pair made up of one blue complex ion and one yellow one. Its formula  cparga,
is [Cu(Hz0),)*".[CuCly)*".

Copper(11) ions also form complexes with:

e ammonia
[Cu(H10)6)** + 4NH;3 — [Cu(NH3)4(H20),)** + 4H,0
e amines such as ethylamine
[Cu(H;0)6)?* + 4C;HsNH; — [Cu(CaHsNH3)4(H20),)%t + 4H,0
¢ 1, 2-diaminoethane (en)
[Cu(H20)4]*" + 3en — [Cu(en);)*t + 6H,0
o ethanediaminetetraacetate (EDTA*")
[Cu(H,0)6** + EDTAY — [Cu(EDTA)]z" + 6H,0
The relative change in AS,,.“,,“ in these ligand exchange reactions is shown by the
following experiments:

1 Take a solution of copper(i1) sulfate and
add concentrated ammonia until a clear

blue solution is formed. Note the colour
and divide the solution into two portions.

2 To one portion, add excess 1,2-diaminoethane

solution; to the other portion, add excess of a
solution of the disodium salt of EDTA. Note

the colours in each case.

3 To the solution of the 1,2-diaminoethane
complex add a solution of the disodium salt
of EDTA. Note any colour change.

Complexes of Cu?* ions with water, ammonia, EDTA and 1,2-diaminoethane
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4 Relate the reactions to the stability constants given in Table 5.12 (p. 147) and
suggest a value for the stability constant for [Cu(en)s)**.

Fehling's and Benedict’s solutions are complexes of copper(1) ions with tartrate ions,
These complexes are reduced to a red precipitate of copper(r) oxide by aldehydes,
but not by ketones,

Copper(l) complexes
Hydrated copper(1) ions are unstable in water and disproportionate spontaneously:

2Cu*(aq) = Cu(s) + Cu®*(aq)
Cu* + e~ #= Cu E®= +0.52V

Cut+#= Cu**+e~ E®=-(+015V=-015V
2Cu™ = Cu+ Cu?* Eo,= +0.52 + (=0.15) = +0.37V

However, they can be stabilised by complexation. Copper(r) chloride is a white
solid and reacts with ammonia to form a colourless solution of a copper(r) ammine
complex:

CuCl(s) + 2NHj(aq) = [Cu(NH;);]*(aq) + Cl™(aq)

Solid copper(1r) chloride also dissolves in concentrated hydrochloric acid, forming
the colourless linear complex ion, [CuCl;]™:

CuCl(g) + HCl(aq) = [CuCl,]"(aq) + H*(aq)
Copper(r) iodide 1s precipitated when lodide ions reduce copper(i1) ions:
2Cu3*(aq) + 41~(aq) # 2Cul(s) + I5(s)

The addition of ammonia solution to this precipitate produces a colourless solution
of the copper(r) ammonia complex:

Cul(s) + 2NHj(aq) = [Cu(NHa),]*(aq) + 17(aq)

A blue colour begins to form on the surface of this colourless solution as the copper(1)
complex is slowly oxidised by the oxygen in the air to form the copper(i1) complex.
This blue colour gradually spreads through the whole solution.

Copper(1) complex ions are colourless because the electronic structure of the ion 1s
[Ar] 3d'0 45% All the d-orbitals in the d-shell are full. Therefore, even though the

energy levels of the d-orbitals are split, promotion of an electron from one of the
lower split d-orbitals to a higher one cannot take place.

Catalytic activity
Transition metals and their compounds are good catalysts. This is particularly true
of the elements at the right-hand side of the d-block,

Heterogeneous catalysts

A heterogeneous catalyst is in a different phase from the reactants and the reaction
occurs on the surface of the catalyst. Many industrial processes use transition
metals or their compounds as heterogeneous catalysts. For example, in the Haber
process, iron in the solid state is used to catalyse the reaction between hydrogen
and nitrogen gases,
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Metal catalysts work by providing active sites onto which the reactant molecules can
bond (adsorb). The sequence of reaction is:

Step 1 (fast): gaseous reactants + active site — adsorbed reactants
Step 2 (slow): adsorbed reactants — adsorbed product

Step 3 (fast): adsorbed product — gaseous product + empty active site
The cycle is then repeated.

A transition metal can act as a catalyst because its energetically available d-orbitals
can accept electrons from a reactant molecule or its d-electrons can form a bond

with a reactant molecule. This can be illustrated by the catalytic hydrogenation of
an alkene. The alkene bonds to an active site by its m-electrons becoming involved
with an empty d-orbital in the catalyst. The o-bond in the hydrogen molecule

breaks and each hydrogen atom forms a bond with a d-electron on an atom in the
catalyst. The two hydrogen atoms then bond with the partially broken n-bond in

the alkene and the alkane formed is released from the surface of the catalyst,

Some heterogeneous catalysts work because of the variable oxidation state of the
transition metal. For example, vanadium(v) oxide is used as the catalyst in the

oxidation of sulfur dioxide to sulfur trioxide in the manufacture of sulfuric acid by
the contact process. The sulfur dioxide is oxidised by the vanadium(v) oxide, which

18 reduced to vanadium(iv) oxide:
SO, () + V20s(s) — SOx(g) + 2VO5(s)

The oxygen then oxidises the vanadium(iv) oxide back to vanadium(v) oxide:
> Os(g) + 2VO(5) = VaOs(9

The overall equation is:
SO3(8) + 5 Os(8) - SO

Catalytic converters

A petrol-driven car produces a number of pollutants, especially carbon monoxide
and oxides of nitrogen such as NO. These can be removed by passing the hot exhaust

gases through a catalytic converter. The catalyst 1s a thin layer of platinum (with
some rhodium) coated on a ceramic base. The platinum adsorbs the gases, which

then react on the catalyst’s surface to form carbon dioxide and nitrogen:
1
CO(g) + NO(g) = COy(g) + 5 Na(g)

Finally the product gases are desorbed, allowing the surface to adsorb more carbon
monoxide and nitrogen monoxide.

Homogeneous catalysts

Homogeneous catalysts are in the same phase as the reactants. They always work via
an intermediate compound or ion, For example, Fe?* ions catalyse the oxidation of
10dide ions by persulfate ions in aqueous solution:

217(aq) + S,062"(aq) = I1(s) + 25027 (aq)

The two reactants are negative ions and so repel each other, making the reaction
very slow. When positively charged Fe?* ions are added, they are oxidised by the
negatively charged persulfate ions:

$204%"(aq) + 2Fe?*(aq) — 250,% (aq) + 2Fe?*(aq)
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The Fed* ions are then reduced by iodide ions, regenerating the Fe?* catalyst:
2Fe¥*(aq) + 217(aq) — 2Fe**(aq) + I5(s)

An interesting example of autocatalysis is the reaction between manganate(vi) ions
and ethanedioate ions:

2MHD4- + 16H* + 5(:204:_ - 2Mﬂ2+ + 10C02 + 8!—120

The Mn?* jons produced act as a catalyst in this reaction between the two negative

ions. The consequence is that the rate of reaction speeds up as the catalyst Mn2" ig
formed and finally slows down as the concentrations of the reactants become very

small.

Summary tasks

Maike sure that you can:

e write the electronic configuration of d-block metals and their ions
@ define transition metal and d-block element
e define the term ligand

Can you explain:

e why transition metals have variable valency?

» why most transition metal ions are coloured and why some are colourless?

@ why the colour of complex ions changes with change in ligand, coordination
number and oxidation state?

¢ the bonding in complex ions and their shape?

¢ ligand exchange reactions involving bidentate and polydentate ligands in terms of
entropy?

Check that you:

know the colours of vanadium i1ons in its different oxidation states

can calculate E2,, and the overall redox equation given suitable data
are able to predict the final oxidation state in a redox reaction given E® data

can write ionic equations for the reactions of sodium hydroxide and of ammonia
with d-block ions

» understand the difference between deprotonation and ligand exchange

@ & & @

Make sure that you:

o know the difference between homogeneous and heterogeneous catalysts

e can explain how V,Os acts as a catalyst in the contact process

@ can write equations to show how Fe?* jons catalyse the reaction between I~ ions
and S,04* ions

e understand what is meant by autocatalysis, and give an example of it

@ 5 Transition metals (Toplc 16)
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Explain why molybdenum has the electron

configuration [Kr] 44° 5s'.

Explain why the first ionisation energies of the p-block
elements increase considerably from left to right
whereas those of the d-block elements hardly alter,

Draw a dot-and-cross diagram, showing the outer
electrons only, for:

a) C.I'O,‘z_
b) VO,*

Explain why titanium can form both 2+ and 3+ ions
whereas calcium and zinc do not form 3+ ions.

Explain why hydrated Ti'* ions are colourless, but
hydrated Ti** ions are coloured.

Explain why, when excess ammonia is added to
copper(t1) sulfate solution, the colour changes from
turquoise (blue-green) to violet-blue.

Why is anhydrous copper(11) sulfate white and why
are copper(i) complexes also white?

Hydrated chromium(i) ions can be deprotonated.
Write equations to show the deprotonation that

takes place when:
) the hydrated ions are dissolved in water

by sodium hydroxide is added to the hydrated ions,
slowly and then in excess

A 25.0cm?® sample of a 0.100moldm™ solution
of V3* ions was placed in a conical flask and excess

dilute sulturic acid added. Potassium manganate(vir)
of concentration 0.0500 mol dm™=* was added from a

burette until a faint pink colour was seen. The titre
was 20.0cm?,

a) Calculate the amount (moles) of potassium
manganate(vir) ionsg in the titre,

10

11

13

b) Calculate the number of moles of electrons
that the manganate(vir) has received from the
vanadium(i) ions.

¢) Calculate the amount (moles) of vanadium(irr)
ions in the sample.

o) Calculate the oxidation state of the vanadium
after reaction with potassium manganate(vii).

Predict whether chloride and bromide ions will be
oxidised by manganese(rv) oxide, MnO,, in acid
solution, Use the E values in Table 4.1 on p. 104 to
answer this question,

The reduction potential for Cr®* jons being
reduced to chromium metal 18 =091V and that for
Cr'* jons being reduced to Cr** ions is —0.41V:

Crit+ e~ += Cr E® = -091V
Cr" + ¢~ & Cr** E® = -0.41V

Predict whether Cr?* jons will disproportionate in
aqueous solution to Cr metal and Cr3* ions. If so,

write the equation for the reaction that takes place,
Describe how you would prepare, from a solution
of chromium(rr) sulfate:

a) a solution of a chromium(rn) complex
b) a solution containing chromate(vi) ions
¢) a solution containing chromium(i) ions

What do you understand by the following terms?
Give an example of each,

a) ligand exchange

b) heterogeneous catalyst

Questions | 177



Exam practice questions

1 a) Explain why the electronic configuration of
copper is [Ar] 4s' 34'°. (2)
b) When sodium hydroxide is added to

2 a) The oxidation states of vanadium inVO,~,
VO,* and VO** are: (1)

a solution containing [Cu(H;0)6]*" a

precipitate is formed of [Cu(OH),(H,0),).

When aqueous ammonia is added to this

precipitate, a dark blue solution is formed.

i) Identify the ion causing the deep blue
solution. (1)

ii) Use these two reactions to explain the
difference between deprotonation and
ligand exchange. (2)

¢) Water, ammonia and 1-2-diaminoethane

(en) all form complex ions with Cu®* jons,
i)  Explain why [Cu(NH,) (H,0),]** ions
and [Cu(H,0)g)** ions are different

colours. (3)
ii) When a solution of 1,2-diaminoethane
(en) is added to a solution containing
[Cu(NH3)4(H,0),)** ions, a ligand
exchange reaction takes place,
Write the equation for this reaction
and use it to explain why this reaction
takes place. (3)

d) Bordeaux mixture is used in France as

a fungicide on grapes. It contains both

copper(1r) sulfate and calcium hydroxide,
Excess dilute hydrochloric acid was added

to 8.42 g of Bordeaux mixture and the
resulting solution made up to 250 cm? in
a standard flask. Excess potassium iodide
was added to 25.0 cm? portions and

the liberated iodine was titrated against

a 0.104 moldm™ solution of sodium
thiosulfate, The mean titre was 23,65 cm?,

Calculate the percentage by mass of copper
in the Bordeaux mixture. (5)

Cu?*(aq) + 2I-(ag) — Cul(s) + -—%l;(aq}

2(aq) + 25,05 (aq) — 21" (aq) + $406™ (aq)
(Total 16 marks)

b) A solution of iodine is added to a solution

of V** jons.

i) Use the data below and the electrode
potentials in the A level data book
to show to what oxidation state the
V3* jons will be oxidised. Justify your
choice. 4

ii) Write the equation for the reaction and
state the colour change that would be
noticed. (2)

¢) Vanadium(v)oxide,V,Oy, is the catalyst in

the contact process for the manufacture of
sulfuric acid. It catalyses the reaction:

250,(g) + O4(g) = 2504(g)

Which of the following statements are the

most accurate? (1)

1 It is a homogeneous catalyst,

2 It is a heterogeneous catalyst.

3 It lowers the activation energy for the
reaction between SO; and O,,

4 It provides an alternative route with a
lower activation energy.

1and 3
1land4

2and3
2and4

(Total 8 marks)
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Tip
The value of Afreactant]
is negative because its
concentration decreases

with time. Therefore, a
more correct definition of

rate is:

~Alreactant]
Atime

or
pr. +A[product]
Atime
This glves a positive value
for the rate In both cases.

rate =

The main purpose of investigating the rate of a reaction is to provide evidence for
the mechanism of that reaction.

The rate of a chemical reaction is the rate of change of concentration of
a reactant or product with time.

Its units are moldm=g"1,
The average rate of reaction is defined as:

Aconcentration
Atime

rate =
where Aconcentration is the change in concentration of a reactant or product and
Atime is the time over which this change takes place.

This is only a reasonable assumption if the concentration of a reactant has fallen by
less than 10% during the time elapsed.

Test yourself

1 Hydrogen peroxide slowly oxidises ethanol in acid solution. In an experiment, the
amount of hydrogen peroxide in 50cm? of solution had fallen from 1.46 x 10-3

moles to 1.32 x 10-3 moles in 45s. Calculate the rate of the reaction.

Required year 1 knowledge

j Collision theory

For a reaction to take place, reactant molecules must collide:

# with kinetic energy greater than or equal to the activation energy of the reaction
# with the correct orientation

Maxwell-Boltzmann distribution of energy

The molecules in a gas or liquid and the molecules or ions in a solution move at
different speeds, They possess different amounts of kinetic energy. This is shown by
the blue line in Figure 6.1,

Maxwell-Boltzmann distribution of energ)



The fraction of molecules with energy equal to or greater than a particular energy
value is given by the area under the graph to the right of that energy. Thus the blue
area to the right of the activation energy, E,, is the fraction of molecules that
have sufficient energy (at temperature 7)) to react on collision, providing that the
orientation of collision is correct. The fraction of the molecules that have energy

greater than or equal to E, is ¢"5/®T and hence the rate of reaction is proportional
~E,/RT
10 g TR,

| Effect of physical conditions on rate

Temperature

When the temperature is increased, the molecules or iong gain kinetic energy.
They have a greater range of energies (greater entropy) and the average energy
18 increased. This means that the peak of the Maxwell-Boltzmann distribution is
lowered and moved to the right. This is shown by the red line (at temperature 73)
in Figure 6.1. The red area to the right of the activation energy is greatly increased
because a much greater proportion of the colliding molecules has energy greater than
or equal to the activation energy. Therefore, a greater proportion of collisions will
result in reaction,

-

T2

Fraction of molecule s with energy E

E Kinetic
. energy, E

Figure 6.1 Maxwell-Boltzmann distribution of kinetic energy

A reaction that takes place fairly quickly at room temperature has an activation
energy of about 60kJ mol~!. This means that less than one in a billion collisions will

have the necessary energy for a reaction to take place.

An approximate guide ig that the rate doubles for a 10K increase in temperature.
The magnitude of the effect of increasing temperature depends on the value of the

activation energy. A rise from 298K to 308K will cause the rate to increase by a
factor of.

E{-mmm

- TRR

where R is the gas constant (8.13JK 'mol™) and E, is the activation energy for the
reaction.
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Worked example

If E, = 60 kJmol !, calculate by how much the rate increases as the temperature
rises from 298K to 308K,

Answer
=60000/(30K x K,13) 96 302 % 107
Taley, e 000RIATY SN  THE 0 o

Thus the rate increases by a factor of approximately 2 or by 100%.

An increase in temperature also increases the average speed of the molecules and so
increases the collision frequency. For a 10K rise from 298 K, this increases the rate by

a factor of 1.02 (2%). This 1s negligible compared with the increase in rate caused by
the increased proportion of collisions that result in reaction,

Pressure: for a gaseous reaction

[fthe pressure on a gaseous system is increased at constant temperature, the molecules
become packed more closely together. There is no change in their speed or energy,

but the collision frequency increases. The same proportion of the collisions results in
reaction. However, because the frequency of collisions increases, the rate of reaction
also goes up.

The situation is different if a gas is reacting with a solid, such as a catalyst. The
surface area of the solid i1s usually the limiting factor, so the rate is independent of

the pressure of the gas (p. 177).

Concentration: for a reaction in solution

Anincrease in concentration will increase the chance of the reacting species (molecules
or ions) colliding. This will cause the rate of successful collisions to increase.

Year 2 kinetics
] Rate equations

The purpose of the experimental methods described below is to find the order of P

the reaction with respect to each reactant and also to evaluate the rate equation. Tip
Consider the reaction:

The rate constant is always

nA + mB — products represented by a lower-
e Escipatind oy case k. An upper-case K is
The rate equation for this reaction is of the form: the symbol for equilibrium
rate = k[A]F[B]? constant,

where n and m are the stoichiometries in the chemical equation, k is the rate constant
and p and g are the powers of the concentrations of the substances in the rate equation,

The quantity k is called the rate constant and varies with the nature of the reaction,
the temperature and the presence of any catalyst.

Rate equations
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The general formula given
for the rate aquation Is
not always correct, Some
reversible reactions have
much more complex rate

equations, often containing
fractional partial orders.

These are beyond the scope
or A level,

The order of reaction is p + ¢. The order with respect to substance A (also called the
partial order) is p. The order with respect to substance B is g.

The orderofareaction is the sum of the powers to which the concentrations
of the reactants are raised in the experimentally determined rate equation.

The partial order of one reactant is the power to which the concentration
of that reactant is raised in the rate equation.

The rate constant, k, is the constant of proportionality that connects the
rate of reaction with the concentration of the reactants.

The values of p and g cannot be predicted from the chemical equation. They depend
on both the stoichiometry and the mechanism of the reaction. Therefore, they have

to be found by experiment.

P
Test yourself

2 Consider the reaction:

A+ 2B + 3C — products

It was found to be first order in A and B and second order in C, Write the rate
equation for this reaction.

l Experimental methods

[
Tip
Care must be taken that
the quenching reagent
does not react with

one of the reagents to
give the same product
that is being measured.
For example, the acid
hydrolysis of an ester
cannot be quenched by
adding alkali because this
would react with the ester

and increase the amount
of product, Sodium
hydrogencarbonate will
remove acid without
making the solution
alkaline,

The rate of a reaction cannot be measured directly. It can only be determined from

concentration and time data. There are a number of methods for 'following' a
reaction that enable these data to be measured.

Titration

If the concentration of a reactant or product can be estimated by a titration, the
reaction can be followed using this technique:

& Measure out samples of the reactants with known concentration,

» Mix them together, start a clock and stir the mixture thoroughly.

® At regular time intervals, withdraw samples using a pipette and quench (stop) the
reaction, Quenching can usually be achieved either by adding the solution from
the pipette to ice-cold water or to a solution that reacts with one of the reactants,

to prevent further reaction from taking place. The time at which half the contents
of the pipette have been added to the quenching solution is noted.
¢ The quenched solution is then titrated against a suitable standard solution,

The titre is proportional to the concentration of the reactant or product being
titrated.

This method can be used when an acid, alkali or iodine is a reactant or product,

Acids can be titrated with a standard alkali, alkalis with a standard acid and 1odine
with a standard solution of sodium thiosulfate.

@ 6 Kinetics Il (Toplc 16)



Worked example
In the presence of an acid catalyst, aqueous solutions of iodine and propanone
react according to the equation:

CH,COCH, + I; — CH;ICOCH; + HI

Describe a method to find how the concentration of iodine varies with time in
this reaction.

Answer

» Place 25cm? of propanone solution in a beaker, followed by 25cm? of dilute
sulfuric acid.

» Place 25 cm? of iodine solution of known concentration in a second beaker.

» Simultaneously, mix the two solutions and start a clock.

« Stir the mixture thoroughly. After 5 minutes remove 10cm? of the solution
in & pipette and run it into a cold sodium hydrogencarbonate solution.

Note the time when half the liquid in the pipette has run into the sodium
hydrogencarbonate solution.

« Titrate the iodine present with standard sodium thiosulfate solution, adding
starch when the iodine colour has faded to a straw colour.

» Stop when the blue-black colour of the starch~iodine complex has vanished.
Read the burette volume,

» Repeat the process every 5 minutes until there is no solution left,

The concentration of iodine is proportional to the volume of sodium thiosulfate
solution required to decolorise the iodine.

In the experiment described in the worked example above, in order to reduce

the number of variables, it is usual to have the concentrations of the acid and the
propanone about ten tirmes greater than the concentration of iodine. Then, the only

two variables are time and the concentration of iodine. The concentrations of the
acid and the propanone remain approximately constant during the experiment,

Colorimetry

concentration of the coloured species can be

If a reactant or product is coloured, the ‘

measured using a spectrophotometer (Figure 6.2),
The amount of light of a particular frequency
that is absorbed depends on the concentration 1 ‘

of the coloured substance. Light Reaction Detector
source vessel

The reactants are mixed and a clock started.
The light absorbed is measured at set time
intervals,

Figure 6.2 A spectrophotometer

A suitable example is the reaction between bromine and methanoic acid:
Bry(aq) + HCOOH(aq) — 2Br~(aq) + CO;(g) + 2H"(aq)

If this reaction i1s done in a beaker, the colour of bromine can be seen to fade
gradually. A spectrophotometer is used to follow the absorption of light by bromine.

_—

Experimental methods | *°"
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The Initial rate of reaction Is
the gradient at t = O,

The fading colour of bromine as it reacts with methanoic acid

Change of mass of reaction mixture

If a gas is evolved during a reaction, the rate can be calculated by measuring either
when a fixed mass of gas has been given off:

mass lost
time elapsed

average rate =

or by measuring the mass at intervals of time and plotting a graph of mass against time:

rate at a time f = — the gradient at time

A conical flask containing the reaction mixture is placed on a balance and the mass
1§ measured at intervals of time.

This is not a very accurate method for two reasons:

# Some liquid may be lost from the flask as spray. This can be overcome by putting
4 plug of cotton wool in the mouth of the flask.

e The mass change is very small, If excess acid is added to 1.0g of zinc, the total
mass will only decrease by 0,03 g,

Volume of gas evolved

If the reaction produces a gas, the volume of gas produced can be measured at
regular time intervals. The volume of gas is proportional to the moles of gas and can,
therefore, be used to measure the concentration of the product.

The rate of the reaction of an acid with a solid carbonate can be studied this way,
The acid is added to the carbonate and the volume of carbon dioxide noted every

30 seconds (Figure 6.3),
CaCOs(s) + 2H'(aq) = Ca**(aq) + H,O(l) + CO,(g)

The assumption is often made that the rate of reaction is proportional to 1/time for
a certain volume of gas to be produced. This is only an acceptable approximation if

less than 10% of the acid 18 used up.

s s aaa=— - EEEEEEEEEEEEEEEE————————————————————
Test yourself

3 In a reaction A — B + C, the value of [A] fell from 0.12 moldm—3 to
0.012moldm=? in 60 s, Explain why it is inaccurate to state that the rate of

the reaction is 0,0018 moldm=-s-1,
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,, Syringe
Reaction
Water Dath mixture

Figure 6.3 Measuring the volume of carbon dioxide produced in a reaction

Infrared spectroscopy

Infrared spectroscopy can be used in a similar way to colorimetry. The spectrometer
1§ set at a particular frequency and the amount of infrared radiation absorbed at
that frequency is measured at regular time intervals. The oxidation of propan-2-
ol to propanone by acidified potassium dichromate(vi) can be followed by setting
the spectrometer at 1700cm™ (the absorption frequency due to the stretching of

the C=0 bond) and measuring the increase in absorption as the CHOH group is
oxidised to the C=0 group.

Electrical measurements

pH

If one of the reactants or one of the products in a reaction is an acid or an alkali
and the reaction takes place in aqueous solution, the change in pH with time can
be measured.

The problem with this technique is that pH is a logarithmic quantity. If a strong acid
is a reactant and the starting concentration is 1.0moldm™ with a pH = 0, the pH
only changes to 1 when 90% of the acid has reacted. The pH rises to 2 when 99%

of the acid has reacted. This method requires a very accurate, and hence expensive,
pH meter to monitor the change in acid concentration. This makes the method

unsuitable for school laboratory use.

Electrical conductivity
If ions are produced in a reaction, the rate can be followed by measuring the change

in electrical conductivity at intervals of time.
The enzyme in saliva hydrolyses aspirin, releasing ethanoic acid. This i1s partially
ionised into H* and CH,COO™ iong and the rate can be followed by the increase

in conductivity due to the production of ions. Another example would be the
hydrolysis of a halogenoalkane by water:

CHyCHBrCHy(l) + H,O(1) = CH3CH(OH)CHj3(aq) + H*(aq) + Br™(aq)

Time for the reaction to finish
An approximate method is to add the two reactants and time how long it takes for
the reaction to stop. An example would be to add a strip of magnesium to an excess

Experimental methods
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The Initlal rate 1s the rate
of reaction at the moment

when the reactants are
mixed.

aharddddd bbb adr il iR e

If the number of moles of
thiosulfate lons Is much

less than the number of
moles of the hydrogen

peroxide and lodide lons,

the average rate measured
Is almost |dentical to the

Initial rate,

of dilute sulfuric acid and time how long it takes for the production of hydrogen
bubbles to stop. The experiment is repeated with either a different concentration of
the acid or at a different temperature.

The assumption is then made that the rate is proportional to 1/time. However, this

is only valid if the concentration of the acid has fallen by less than 10-15% and if the
temperature did not change by more than 5°C during the measurement,

Initial rate experiments

Theoretically the initial rate is the gradient of the graph of concentration against
time at zero time. In practice the easiest way to measure the initial rate is to measure
the change in concentration over a period of time during which the concentration
of the reactants has decreased by 10% or less. The initial rate approximates to
change in concentration/time taken. '‘Clock’ reactions are a way of determining
initial rates.

‘Clock’ reactions
In a ‘clock’ reaction, the reactants are mixed and the time taken to produce a fixed

amount of product 1s measured. The experiment is then repeated several times using
different starting concentrations.

This gives several initial rates of reaction at different concentrations.

The iodine ‘clock’

The oxidation of iodide ions by hydrogen peroxide in acid solution can be followed
as a ‘clock’ reaction:

H;Dz(ﬂt]) 5 . 2I_(1CI) - 2H"'(aq) —) Iz(i) . 21"1;0{1)

s 25cm? of hydrogen peroxide solution is mixed in a beaker with 25 cm? of water
and a few drops of starch solution are added.

» 25¢m? of potassium iodide solution and 5cm? of a dilute solution of sodium
thiosulfate are placed in a second beaker.

¢ The contents of the two beakers are mixed and the time taken for the solution to
go blue is measured.

@ The experiment is repeated with the same volumes of potassium iodide and
sodium thiosulfate but with 20cm? of hydrogen peroxide and 30cm? of water,
and then with other relative amounts of hydrogen peroxide and water, totalling
50 cm?,

The reaction produces iodine, which reacts with the sodium thiosulfate. When all
the sodium thiosulfate has been used up, the next iodine that is produced reacts with
the starch to give an intense blue-black colour.

The amount of iodine produced in the measured time is proportional to the volume

of sodium thiosulfate solution taken. Therefore, the average rate of reaction for each
experiment is proportional to 1/time.

@ 6 Kinetics Il (Toplc 16)



The sulfur ‘clock’ l'I;l';t:a*aié;;ia};;ﬁélt“éduuu-

Sodium thiosulfate is decomposed by acid, producing a precipitate of sulfur: concentration of sodium
2 + , thiosulfate, the temperature
$20:°7(aq) + 2H"(aq) — S(s) + SO3(aq) + H,0(l) could be altered. This would
e A large X is drawn on a white tile with a marker pen. ;na;i;:;::::atlon energy
e 2cm? of sodium thiosulfate solution is mixed with 25cm? of water in a beaker. '
e 25c¢m? of dilute nitric acid is placed in a second beaker.
e The first beaker is placed on top of the X and the contents of the second one are

added.

The mixture is stirred and the time (f) taken for sufficient sulfur to be produced

to hide the X when looking down through the beaker is measured.

e The experiment is repeated with different relative amounts of sodium thiosulfate
and water, totalling 50 cm?,

The number of moles of sulfur produced is the same in all experiments. Therefore,
the average rate of reaction for each experiment is proportional to 1/1.

Deduction of order of reaction

From concentration-time graphs: using half-lives
This is done by measuring several half-lives.

Hall=life is the time taken for the concentration of a reactant to halve. P—

For a first-order reaction, the half-life is constant at a fixed temperature, This means, Tip

for example, that if it takes 25¢ for the concentration of any reactant to fall from | The symbol for half-life
8 units to 4 units, then it also takes 255 for it to fall from 4 units to 2 units or from I8 ty.

6 units to 3 units.

For a second-order reaction, the half=life increases in a regular geometric manner.
This means, for example, that if it takes 254 for the concentration of any reactant
to fall from 8 units to 4 units, then it will take 505¢ for it to fall from 4 units to
2 units,

Ifagraphofthe concentration ofareactantis plotted against time and the concentration
falls during the experiment to less than 25% of its initial value, two consecutive half-
lives can be measured. If the fall is less than this, two non-consecutive half~lives can
still be measured, but the fall must be greater than 66% to be certain that the half-
lives are accurate within experimental error.

ot e e )
Worked example ,
Consider the reaction: 1.00 0
A + B — products 0.80 5
Use the data here to plot a graph of [A] 0.75 12
against time. Measure two consecutive .
half-lives and hence deduce the order of 0.42 38
reaction, 0.30 652
0.20 70
0.16 82

Experimental methods
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Figure 6.4

See Figure 6.4,
half-life from [A] = 1.0moldm ™ to [A] = 0.50moldm ™ = 305
half-life from [A] = 0.50moldm™ to [A] = 0.25moldm ™ = 305

The half-life is constant, so the reaction is first order.

pi=——
Tip
All kinetic experiments should be carried out at constant temperature and for most reactions
the laboratory itself acts as a constant-temperature medium. However, most reactions are

exothermic, so the temperature may rise spontaneously. This can cause the half-life to be
slightly shorter,

In the worked example above, note that the second half-life is not 60g. This is the

sum of the two consecutive half-lives and represents the concentration falling to
one-quarter of the original value,

Note also that the two half-lives need not be consecutive. If the time for the
concentration of A to fall from 0.40moldm™ to 0.20moldm™ had been measured
from the graph, it would also have been 304, Likewise, the time for the concentration
of A to fall from 0.60 moldm™ to 0.30moldm™ would also be 30s.

e
Test yourself

4 In a reaction A — B + C, the concentration of A fell from 0.24 moldm=2 to

0.12moldm=23in 64 s and to 0.06mol-? in 2 minutes 8 seconds. State the
order of reaction,
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Worked example

for those doing A level maths
For a reaction A + 2B — C + 3D, the expression:

rate = iA].
Ar

is an approximation that measures the average rate during this period. The
instantaneous rate is the differential of this:

mta=-'%%ﬂ(or—%%?-]or+1[d%lor+é%?l)

For a first-order reaction this becomes:
—d[A]
dr
which on integration becomes:

kt = In [AL ~ 18[A] = In [%)

where [A]p is the initial concentration of A and [A); is its concentration at time t.
After one half-life the initial concentration of A has halved:

(A, = %[A]o
Therefore:

kty = ln{[A]of-;-[A]o}=ln2

rate = = k[A]

(
%

This proves that the half-life of a first-order reaction is constant at a given
temperature and that its value can be used to calculate the rate constant, k.

In the worked example above, the half-life is 30s, so k = In2/30 = 0,023 -1,

fy

From concentration-time graphs: form of the graph
When a graph of [A] is plotted against time, the shape of the graph depends on the
order of reaction,

The numerical value of the slope of the graph at any value of [A] is the
rate of reaction at that concentration.

e If it is a horizontal line, it means that the reaction is not taking place (rate of
reaction = 0),

o If a straight line sloping downwards is obtained, the slope is constant. This means that
the rate 18 constant, This only occurs when the reaction is zero order (Figure 6.5),

[ [ ]
[A] [A]
Rate zero, Constant rate,
no reaction 50 zero order
(rate = k[A])
- -
Time Time
Figure 6.5

Experimental methods




sessenssispsreaonassinsisinies g If 3 downward curve is obtained, with a numerically decreasing slope, the

The halfllves on the graph In P e SRR R 2l
Figure 6.6(a) are constant. rate is decreasing as [A] falls. Therefore, the reaction is first order or greater

Therefore, this reaction Is (Figure 6.6),
first order.
(@) a4 (b) [a]4

(L2 TA R AR R T ISI AR RAT )

The halflves on the graph

In Figure 6.6(b) Increase . 3+

rapldly, doubling as the

concentration 1s halved. 7. 2

Therafore, this reaction Is

not first order.

0 5 10 15 20 0 5 10 15 20 25 30 35
Time Time

Figure 6.6 Determining reaction order from concentration-time curves. (a) A first-order reaction
L R R RN R R R R L R R R R N R Y]

This method only works (b) greater than first-order reaction
If the concentrations of

- o e e e
the other reactants are -
effectively constant. This Worked example
I8 Coca By havig e, The iodination of propanone in acid solution was studied with the acid and
about four times excess,

propanone at ten times the concentration of the iodine (p. 159). The volume of
sodium thiosulfate is proportional to the concentration of iodine.

(LA AR AR AL R LA SRR Rl

If the experiment |s repeated
with double the amount of
propanone, a stralght line

of negative slope will still
be obtalned, but Its slope

The graph of volume of sodium thiosulfate against time was plotted. It was found

to be a straight line with a negative slope. Evaluate the order of this reaction
with respect to iodine.

will also be doubled, This Answer
shows that the reactlion Is As the slope of the graph is constant, the rate of the reaction is constant, Thus it
first order with respect to is zero order with respect to iodine.
propanone,
q-i 0.8 Drawing tangents
© The rate at any particular concentration can be
g 0.7+ calculated by drawing a tangent to the curve at that
E i point and measuring the slope of the tangent,
“ For a plot of concentration of reactant against time,
0.5+ the rate of reaction is equal to minus the slope of the
i graph (Figure 6.7).
g It is difficult to draw a tangent accurately. The
0.34 i tangential line must be long enough for the
0.25F -3- A S . W e o - coordinates at the top and the bottom of the line to
wiq ¥ be read from the graph without a large error.
0.1 - = T By cl:lr?x?ring tangents at two points, or by comparing
’ the initial rate with the rate measured by the tangent,
0 _ the order of reaction can be deduced.
10 15 20
Time/min
Figure 6.7 Calculating the rate of a second-order reaction by
drawing a tangent
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Worked example 1

The reaction NOz(g) + CO(g) — NO(g) + COz(g) was studied, using a larde excess
of CO, and the graph of [NO;] as a function of time was drawn, as in Figure 6.7,

where [A] represents [NO,].

a) Draw the tangent at [A] = 0.25 mmoldm~? and measure its slope (gradient).
Hence deduce the rate of reaction when [A] = 0.25 mmoldm™3,

b) The initial rate, when [A] was 0.75mmol dm-3, was 0.17 mmol dm= min-*,
Deduce the order of the reaction.

¢) The experiment was repeated with the same concentration of NO, but twice as
much CO, but the rate remained the same. Suggest the rate equation that fits

these data,

Answer
a) gradient of the graph at [A] = 0.25 mmoldm™3
_(0.1-043)  -0.33
T(19.5-2.5) 17
rate of reaction when [A] = 0.25 moldm~3 = +0.019 mmoldm-3s-1

w =0.019mmoldm™ min™'

b) initial rate when [A] = 0,76 moldm~=3 = +0.17 mmoldm=3min-1

The concentration of [A] was decreased by a factor of 3 and the rate
decreased by a factor of 0.17/0.019 = 8.9 = 9 (or 3%), so the reaction is
second order in NOz,

¢) The sacond experiment shows that the concentration of CO does not affect the
rate, so the reaction is zero order with respect to CO.

The rate equation is:
rate = f{NO,J*

From the slope of rate-concentration graphs

If the rate of a reaction, or some quantity that is proportional to the rate, is plotted
against the concentration of one reactant, the order with regpect to that reactant can

be found.

The experiment must be such that the concentrations of the other reactants must not
alter significantly during the experiment. This is done by having them in at least a

four times excess over the reagent whose concentration is being altered.

The reciprocal of the time for the reaction to proceed to a certain point (1/time) is
often used as a measure of the rate,

o If the graph of rate (or 1/time) against [reactant] is a horizontal straight line, the
reaction 1s zero order with respect to that reagent,

e If the graph of rate (or 1/time) against [reactant] is a rising straight line, the
reaction is first order with respect to that reactant.

o If the graph of rate (or 1/time) against [reactant]? is a rising straight line, the
reaction 1s second order with respect to that reactant.

The partlal orders of this
reaction provide evidence for
Its mechanism — see p, 172,

Experimental methods



The answer would have been
the same had the data been
about partial pressures of
the two gases rather than
about thelr concentrations.

e N PN R R T T R N T

The orlgin must be plotted
as one point. The rate Is

zero when [A] = O.

Worked example

Colourless nitrogen monoxide reacts with excess oxygen to form the brown gas
nitrogen dioxide:

INO(g) + O,(g) — 2NOy(2)

The time taken for a certain depth of brown colour to appear was measured. The

data obtained are shown in the table:

1/time (proportional to rate)/s-1

80 0.017 0.045 2.0 x 10-3
100 0.010 0.035 1.2 x 1073
200 10.008 0.024 0.60 x10-3

n) Plot:

i} a graph of 1/time against [NO]
ii)a graph of 1/time against [NOJ?

Use these graphs to determine the order of reaction with respect to nitrogen
monoxide.

h) A new series of readings was obtained using twice the initial concentration of
oxygen. The gradient of the graph of 1/time against [NOJ? doubled. Determine
the order of reaction with respect to oxygen.

Answer
a) See Figure 6.8.
0.020- 0.020
! g oo,
gl |8
0.0154 0.0157
0.010- 0.0104
0.005+ 0.005 1
0 S TS TR TRTIES TR O T _, e -
0 0.010020030.04005 | 1% 10 210
[NO}/meal dm™ [NOJ*/mol* dm™®
Figure 6.8

The graph of 1/time against [NO] is a curve, So the reaction is not first order
with respect to nitrogen monoxide, as the rate is not proportional to [NO].

The graph of 1/time against [NO]? is a straight line, so the rate is proportional
to [NOJ?. Therefore the reaction is second order with respect to nitrogen
monoxide.

b) The gradient of the line is proportional to k[O,)*. The gradient doubles as [O;]
doubles, so the reaction is first order with respect to oxygen.
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From initial rates

The initial rate of a reaction is the rate at the instant that the chemicals are mixed.
This is normally found by measuring the time taken for the concentration of a

reactant or product to change by a known amount, which must be less than 10%
of the initial concentration of the reactant. The experiment is then repeated,

changing the concentration of one of the reactants but keeping the concentration of
all the others constant. A clock reaction, as described above, is a way of measuring

approximate initial rates,
Congider a reaction:
A+ B+ C — products
The experimental method is as follows:

¢ The initial rate is measured when all three reactants have the same concentration,
for example, 1.0moldm™,

e The experiment is repeated with [A] = 2.0moldm™ and [B] and [C] unchanged
at 1.0moldm™,
— If the rate does not alter, the reaction is zero order with respect to substance A.
— If the rate doubles (increases by a factor of 2'), it is first order in A.
— If the rate increases by a factor of 4 (2%) it is second order in A,

# A third experiment is performed with [A] and [C] equal to 1.0moldm™ and [B]
= 2.0moldm™, This enables the partial order with respect to B to be deduced.

e A fourth experiment is carried out in which [C] is altered but [A] and [B] are
kept the same as in one of the previous experiments. This enables the order with
respect to C to be deduced.

The overall order is the sum of all the partial orders.

The change in concentration can usually be measured by one of the procedures
described earlier in this chapter.

[Eom e ee——— ey
Worked example

The reaction between nitrogen(i) oxide and hydrogen at 1000°C is:
2NO(g) + 2H,(g) — Ny(g) + 2H,0(g)

Use the data below to deduce the order of reaction with respect to hydrogen

and nitrogen(i) oxide. Calculate the overall order of the reaction. Write the rate
equation and calculate the value of the rate constant.

5 ol ———

1 4,0 x 10-3 1.0 x 10-3 1.2 x 10-5

2 8.0 x 10-3 1.0 x 103 4.8 x 10-5

3 8.0 x 1079 4.0 x 1077 1.92 x 104
Answer

Consider experiments 1 and 2:

» [NO] is increased by a factor of 2. [H;] is unchanged.
» The rate increases by a factor of 2%, Therefore, the reaction is second order in

nitrogen(y) oxide, ?

Experimental methods



Consider experiments 2 and 3:

* [Hj] goes up by a factor of 4. [NO] is unchanged.
» The rate increases by a factor of 41, Therefore, the reaction is first order with

P P PP TP P respect to hydrogen (even though there are two hydrogen molecules in the
Note that If the reaction chemical equation for the reaction).
were second order In
hydrogen, when [Hz] was overall order=2+1=3
Increased by a factor of 4, R P e
the rate would Increase by rate = kK{NO]"[H:]
a factor of 42 or 16 times. __ rate
This was not the case In this AR EB [NOF[H,]
reaction, Using the data from experiment 1.
-4
FAFEVIIRRNIREGRRAPE PRI ERNRREY k — % e TsOdmﬁ tm‘-a 3-1
You must elther Indicate the (4.0x107) x(1.0x10™)
experiments that you are The units can be worked out using dimensions:
comparing or state which
concentrations remaln - concentration x time™! " o USRS T
constant and how the other units = S —————————————— concentration™ x time™ = dm® mol= s

concentration® x concentration

changes, Both are Indicated
In the worked example.

e 0000000000000
Test yourself

5 The rate equation for the reaction A + 2B + 3C — products was found to be
rate = k[A][B][C]?.

By what factor would the initial rate increase if [A] and [C] were both doubled?

Units of rate constants
For a first-order reaction, the rate equation is rate = k[A]'. Therefore, k = rate/[A].

» - The units of the rate constant are:
[ip

| . o
The units of the rate concentration X Ume _ _ ime~! (e.g. s~! or min™)
constant, k, vary according concentration
to the total order of For a second-order reaction, rate = R[A]* or rate = k[A][B]:
reaction.

k = rate/[A]* or k = rate/|A][B]

The units of the rate constant are:
-t

concentration X time
2

, = concentration™'time™ (e.g. dm*mol™s™)
concentration '

The units of the rate constant for other orders can be worked out in a similar way.

Test yourself

6 Calculate the units of the rate constant, where rate = k[A][B]?.
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B Mechanisms and the rate-determining step

Single-step reactions
Some reactions take place in a single step. For example, the reaction between

aqueous hydroxide ions and a primary halogenoalkane is a one-step reaction that is s
thought to involve a collision between the two species. Tip

During the collision, the C~halogen bond begins to break as a new O-C bond | Don'tforgetto include the
forms. At this halfway point, the system is said to have reached a position of | negative charge on the
maximum potential energy. This is the transition state between the reactants and  transition state.

the products — for example, with CHy CH; Br (Figure 6.9),

H [l —_—

H H

H H H
H—B(—\ \cé-ﬁar'- — H—D-->|4--Br — H—o;-\i:/ + Br-

CHy
Figure 6.9 Transition state

CHy

. 1 : (L LR L LA AR A R R PR LA R A N ]
The red curly arrow shows the movement of a lone pair of electrons from the oxygen A ourly arfow represents

to the carbon as a covalent bond forms. The green arrow represents the electrons in - the movement of a palr of
the C=Br g-bond moving to the bromine atom as the bond breaks. electrons.

The transition state occurs when the new O=C bond is half~formed and the C—=Br
bond is half-broken,

The reaction energy profile for a single-step reaction is shown in Figure 6,10,

Transition state

1E
6
&
Reactants
AH
'
Products
Figure 6.10 Reaction profile for a single-step reaction Tip

As this is a single-step reaction between two species, the reaction is second order | The powers to which the

and the rate equation is: concentrations are raised
in the rate equation for
rate = k[A][B]

a single-step reaction
In this example: are the same as the

stoichiometry.
rate = R|[OHT]|[CH3CH; Br] L =

Mechanisms and the rate-determining ste



Multi-step reactions
Many reactions take place in more than one step, via intermediate compounds, ions
or radicals.

The hydrolysis of a tertiary halogenoalkane, for example 2-chloro-2-methylpropane,
with aqueous hydroxide ions is an example of a two-step reaction.

Step 1: the C~Cl bond breaks heterolytically, forming a carbocation and a chloride
anion;

(CH3)3CCI — (CH‘;);C* + CI”
The rate equation for step 1 is:
rate = ky[(CH3);CCl|

Step 2: the lone pair of electrons on the oxygen of the OH™ ion forms a new bond
with the positive carbon atom:

(CH3)3C+ + OH™ — (CH3)3CDH
The rate equation for step 2 is:
rate = kz[(CH;)gc-"][DH_]

The overall rate is controlled by the rate of the slowest step in the mechanism, This
step 18 called the rate-determining step.

The rate-determining step is the slowest step in a multi-step mechanism.

For the hydrolysis of 2-chloro-2-methylpropane, the first step is the slower step and is
therefore rate determining. As OH™ enters the mechanism after the rate-determining
step, [OH™] does not appear in the rate equation which, for this reaction, is:

rate = ky[(CH3);CCl]

Evidence for a mechanism

Order of reaction
The main evidence for a mechanism is the order of reaction with respect to each
reactant,

The hydrolysis of halogenoalkanes can take place by two mechanisms., Both are
nucleophilic substitutions, but in one the rate of reaction depends only on the
concentration of the halogenoalkane and not on the nucleophile. This is called
an Syl reaction (S = substitution, N = nucleophilic and 1 = first order). As there
are two reactants and the reaction is zero order with respect to the nucleophile,
the reaction must take place in at least two steps with the nucleophile entering the
reaction after the rate-determining step.

In the other type of mechanism, the rate equation is:
rate = k[halogenoalkane][nucleophile]

This is called an Sp2 reaction and is thought to take place in a single step, going via
a transition state,

Halogenoalkanes react with nucleophiles such as OH™, H,O, NH,; and CN~ in
substitution reactions. This is because the carbon atom joined to the halogen is
slightly 8+ and is, therefore, attacked by nucleophiles.
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Which mechanism is followed depends on whether the halogenoalkane is primary,
secondary or tertiary.

Primary halogenoalkanes

These react in an Sy2 reaction. The mechanism is a single step that goes through
a transition state. An example of an Sx2 mechanism involving a transition
state is the reaction between hydroxide ions and bromoethane, which is shown in
Figure 6.9 (p. 171). Remember to include the lone pair of electrons on the nucleophile
and the partial charges on the halogenoalkane,

The energy released in the formation of the O-=C bond is enough to provide the
energy to break the C—halogen bond. The weaker the C~halogen bond, the faster
i¢ the rate of the reaction. Therefore, since the C—Cl bond is the strongest and the
C~I bond is the weakest, the rate order is:

C=1 > C=Br>» C~Cl
Further evidence comes from the optical activity of the product compared with that
of the reactant (p. 191),

Tertiary halogenoalkanes
Tertiary halogenoalkanes react by an Si1 mechanism. This type of reaction takes
place in two steps.

Step 1: the carbon-halogen bond breaks, an intermediate carbocation is formed and
a halide ion is released. This is the slow rate-determining step (Figure 6.11).

CHy ‘.‘:H:
low
| H,c/ CH
CHy
Figure 6.11

Step 2: the carbocation is attacked by the nucleophile in a fast reaction (Figure 6.12).

CHy CHy
(!'. nﬂ. o HalC C OH
" A —— — —
k"
H c/ CH
s Hy '
Figure 6.12

As with the Sy2 mechanism, additional evidence for the S51 mechanism can come
from optical activity if the halogenoalkane is chiral,

Secondary halogenoalkanes

e The rate of reactions with Sy2 mechanisms decreases in the order primary >
secondary > tertiary halogenoalkane. This is because of the increasing steric
hindrance by the alkyl groups on the attacking nucleophile.

e The rate of reactions with Syl mechanisms increases in the order primary <
secondary < tertiary halogenoalkane. This is because the intermediate carbocation
is increasingly stabilised by the electron-pushing effect of the alkyl groups.

Mechanisms and the rate-determining ste
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Tip
A transition state is
not a species that can
be isolated. It changes

immediately into the
product,

BIFIPRENERAAARNPRRYIIVIRDAAARD

A carbocation I8 an lon In

which there Is a positive
charge on a carbon atom,

P
Tip

Remember to include

the partial charges on
the carbon and the

halogen and the lone
pair of electrons on the
nucleophile.




Rate of reaction

These relationships are shown graphically in Figure 6,13,

Sn ! Figure 6.13 shows that primary halogenoalkanes react almost

entirely by an Sx2 mechanism and that tertiary halogenoalkanes
react by an Syl mechanism.

Secondary halogenoalkanes react by both mechanisms,

The overall rate is fastest with a tertiary halogenoalkane and
slowest with a primary. For example, 2-chloro-2-methylpropane,
(CH,);CCl, produces an instant precipitate of silver chloride

Figure 6.13 Different rates of
Syl and Sy2 reactions

: :
Worked example

Tip
The steps in @ machanism

must add up to the overall
equation,

T with aqueous silver nitrate, whereas l-chloropropane gives a
precipitate only after heating for a long period.

First step Is rate determining
If the rate-determining step is the first step, then the rate equation for the overall
reaction is the same as that for the rate-determining step.

For the alkaline hydrolysis of 2-chloro-2-methylpropane, the rate equation is:
rate = R[(CH3),CCl]

This means that if a substance enters the mechanism gffer the rate-determining step,
its partial order is zero. In this example the partial order of the alkali is zero.

The reaction:

NO,(g) + CO(g) — NO(g) + CO,(g)
is 2nd order with respect to NO, and zero order with respect to CO, Sugdest a
mechanism that is consistent with these data.

Answer
1st step (slower): this must have 2 mol of NO, on the left so that it will be 2nd
order in NOj;:

INO;(g) — NO(g) + NOs(g)
2nd step (faster):

NO,(g) + CO(g) — NO,(g) + CO,
Overall equation:

INO,(g) + NO,(g) + CO(g) — NO(g) + NO,(g) + NO,(2) + CO,(g)
Which simplifies to:

NO:(g) + CO(g) — NO(g) + CO:(g)

e
Test yourself

7 Bromine reacts with propanone in the presence of OH- ions. The first step is

the slowest and involves the removal of a proton from the CH; group. Write
the rate equation for this reaction.
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Second or subsequent step Is rate determining
If the second (or a subsequent) step is rate determining, the derivation of the

mechanism is more complex.
Consider the acid-catalysed reaction of propanone with iodine:

+
CH,COCH; + ly— s CH,ICOCH, + HI

The reaction is first order in propanone and acid but zero order in iodine (p. 166).
This means that the lodine enters the mechanism after the rate-determining step.

Step 1: the lone pair of electrons on the oxygen forms a bond with an H* from the
catalyst. This step 1s rapid and reversible (Figure 6.14).

CHs [ CH, CHs 1

\r:=o (—\w s (==0H «——= C—O0H
cﬁ, | Ha CHy ]
Figure 6.14 |

Step 2: Formation of the enol intermediate. This is slow because a C—~H bond has
to be broken and hence is the rate determining step (Figure 6.15).
CH] CH:

>E—GH o~ cn,=c\

c OH
H/|J‘H

H

Figure 6.15

Step 3: addition of iodine and loss of H*, This is a fast step and as the iodine appears
in the mechanism after the rate determining step, it does not appear in the rate
equation (Figure 6.16).

H,c—c=/® R — HyC e G CH| & H* & T
0

Figure 6.16

overall rate = rate of the slowest step = ky[(CH3); éOH]

The relationship between the concentrations of the species in an equilibrium
reaction was explained in the first year of the course.

o ((CH;); COH]
equilibrium constant for step1, K| = se———
[propanone|[H" ]

[(CHs); COH] = K [propanone][H?]

Mechanisms and the rate-determining ste

Tip

The two intermediates are
resonance structures, The
reality is that the positive

charge is shared by the
oxygen and the carbon

atoms.

Tip

An enol is a species with a
C=C and an OH group.

Tip

If the partial order of

a reactant is zero, that
reactant enters the
mechanism after the rate-
determining step.




So!
overall rate = rate of step 2 = kK, [propanone|[H"] = k[propanone][H]
The evidence supporting this mechanism is

# The reaction can be shown to be 1st order with respect to propanone and to H"
and zero order with respect to iodine,

® Changing the halogen to bromine or to chlorine has no effect on the rate of this
reaction,

Reaction profile diagrams for multi-step reactions
In a multi-step reaction, the reactants go via a transition state to an intermediate,

which then reacts via a further transition state to form the products. The intermediate
may be at a higher or at a lower energy level than the reactants.

In Figure 6.17a, the activation energy for the production of the intermediate is
greater than the activation energy for the intermediate going to the products. This
means that the first step is the rate-determining step.

In Figure 6.17b, the second activation energy is greater, so the second step is the
rate-determining step.

(a) = 4 *Eﬂ \ (b)

i

Enthalpy

Eﬂ

Reactants ' Reactants

Int

Products Products

Figure 6.17 Energy profile diagrams for two different reactions

Pseudo-zero-partial-order reactions

The classic examples of pseudo-zero-partial-order reactions are the enzyme-
catalysed reactions in living organisms,

The rate of reaction depends on the concentration of the enzyme and not on the
concentration of the substrate,

A simplified explanation of enzyme activity is that the enzyme rapidly adsorbs the
reactant and slowly converts it to a product that is then rapidly released by the
enzyme (Figure 6.18). As long as there is enough reactant (the substrate) to saturate

the enzyme, the reaction rate is not increased by increasing the concentration of
reactant. Therefore, the reaction has an apparent zero partial order, even though the

substrate enters the mechanism before the rate-determining step.
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Figure 6,18

b 3 ¥4
WY TM
s L

Substrate Substrate Products Products
spproaching bonded to bonded to leaving
enzyme enzyme enzyme enzyme

[f the concentration of the substrate drops too far, the enzyme ceases to be saturated
and the reaction becomes dependent on the concentration of the substrate,

Catalysis

Heterogeneous catalysts

These are catalysts that are in a different phase from the reactants, Many industrial
processes use this type of catalyst; they have the advantage that the catalyst can be

separated from the equilibrium mixture by simple physical means,

For example, the solid iron catalyst in the Haber process is in a different phase from
the nitrogen and hydrogen, and stays in the reaction chamber as the product gases
pass through.

A similar mechanism occurs in almost all metal-catalysed gaseous reactions. The
catalyst has active sites on its surface that rapidly become saturated by reactants,
which are then slowly converted into products. These then leave the metal surface,
thus allowing more of the reactant to be adsorbed. This means that the rate of a
reaction is not altered by an increase in pressure of the gaseous reactants. This ig
true of:

e the Haber process, in which the reaction between nitrogen and hydrogen is
catalysed by iron

o the manufacture of hydrogen from steam and methane, which is catalysed by
nickel

e the oxidation of ammonia by air, which is catalysed by platinum

These reactions are all zero order with respect to both reactant gases, unless the
pressure is very low.

A typical route would be:
gaseous reactants + surface of catalyst # adsorbed reactants  fast
adsorbed reactants — adsorbed products stow

adsorbed products — gaseous products + free catalyst surface  fast

Homogeneous catalysts
The catalyst and the reactants are in the same phase, either the gas phase or in
solution,

Mechanlsms and the rate-determining ste



The rate of reaction depends on the concentrations of the catalyst and one of the
reactants, An example is the oxidation of iodide ions by persulfate ions:

21" (ag) + S;04%"(aq) = Iz(aq) + 280, (aq)

This is a slow reaction because it requires two negative ions to collide. The reaction is
catalysed by iron(i) ions. The catalysed route is oxidation of iodide ions by iron(r)

ions, followed by reduction of persulfate ions by iron(r) ions and the regeneration
of the catalyst of iron(111) ions:

Reaction 1 2Fe*(aq) + 21"(aq) = I;(aq) + 2Fe**(aq)
Reaction 2 2Fe**(aq) + S;04%"(aq) — 2Fe**(aq) + 2504 (aq)

This reaction is also catalysed by iron(ir) ions. These rapidly reduce the persulfate
lons (reaction 2) and are oxidised to iron(im) ions, which then rapidly oxidise iodide
ions (reaction 1) etc.

Altering the order by the method of excess reagent

Consider a reaction:
ZA+B—=2C+D

The rate equation is of the form:
rate = k[A]F|B]?

However, if the initial concentration of B is made at least ten times that of A, the
change in [B] during the reaction will be negligible. This means that [B] is constant

within experimental error, and so the rate equation becomes:
rate = constant X [A]r
where the constant = k X the approximately constant value of [B]1,

The value of p (the order with respect to substance A) can be found by the usual
methods of initial rate or half-life, If the experiment is repeated with the same initial
concentration of A but 20 times as much B (doubling the concentration of B from

the first experiment) the way in which the initial rate alters will depend on the order
with respect to B. If the rate doubles, the reaction is first order with respect to B, If

the rate quadruples, the reaction is second order in B,

Effect of temperature and a catalyst
on the rate constant

The value of the rate constant depends on:

# the complexity of the geometry of the molecules. This is also called the orientation
factor. If only 1 in 10 collisions occurs with the correct orientation, the orientation

factor equals 0.1. This factor is a constant for a particular reaction,
# the activation energy of the reaction

The activation energy is defined as the minimum energy that the species
must have in order to react on collision.

» the temperature
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T
Tip
Remember that reactions that have a high activation energy have a small value for the rate

constant and are, therefore, slow at room temperature. An increase in temperature increases
the value of the rate constant and so the reaction is faster.

The second and third factors cauge the rate constant to be proportional to;

ol~B/RT) Tip
where E_ is the activation energy, R is the gas constant and T is the temperature in The rate of reaction
kelvin, at a particular initial

concentration of reactant
is proportional to the rate
constant. This means
that a graph of In(1/time)
against 1/T has the same
A rise in temperature increases the denominator of the exponential term and makes slope as the graph of

its value less negative, increasing the value of k. This means that the rate of reaction Ink against 1/T, This is
increases, The relationship between the rate constant and temperature is described true providing that the

A large E, results in a large negative exponent and, therefore, a small value for the
rate constant. A catalyst effectively lowers the activation energy (by providing a
different route for the reaction). Therefore, the exponent becomes less negative and
k gets larger, and so the rate of reaction Increases.

by the Arrhenius equation: approximation that 1/time
Sehotnl E, is a measure of the rate of
| RT reaction is reasonable.

where A is a constant.

If the value of the rate constant is measured at different temperatures, a graph can
be plotted of Ink against 1/T (or a graph of In(1/time) against 1/T)., The graph
will be a straight line of slope —=E,/R. This enables the activation energy to be
determined,

Worked example 1

The second-order rate constant for the reaction of 1-bromopropane with aqueous
hydroxide ions was measured as a function of temperature,

CH,CH,CH,Br(aq) + OH (aq) — CH,CH,CH,0H(aq) + Br (aq)
The results are shown in the table below.

i
Temperature/°C | Temperature/K
208

25 0.00336

k/mol~* gm? -3

1.4 x 104

35 308 0,00325 3.0x 104
45 318 0.00314 6.8 x 104
55 328 0.00306 1.4 x 103 -6.6

Plot a graph of Ink against 1/T. Measure the slope (gradient) of the line and
hence calculate the activation energy of the reaction.

Effect of temperature and a catalyst on the rate constant @
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Tip
The activation energy is

always positive because
it is the energy that the

colliding molecules must
have for a reaction to take

place.

AEFLFRAA AR FF R R RN R EAAARE RN

The temperature must be
In kelvin, The conversion

necessary Is x°C =
(X + 273)K.

Answer a6+
See Figure 6.19, £
-1.7 | K, 3 =~
slope = - =-1391K -
Pe = 0.00023 :
.cEs e -
R ~
E, =-slope x R -0, 0 0,00333 - 0.00310
- 0.00023
==(=7301K) x 8.13JK 'mol"!
Py =101 , . . ,
= +60090 Tmol ! 0.0030 0.0031 0.0032 0,0033 0.0034
; 1T (K
=+60kJmol"!
Figure 6.19

[ e
Worked example 2

The activation energy of the oxidation in acid solution of iodide ions by iodate(v)
lons can be found by experiment using a clock reaction:

» Place 25cm? of a solution of potassium iodate(v) in a beaker and add 5 drops
of starch solution.

» Place 25cm? of a solution of potassium iodide and 5cm? of a solution of
sodium thiosulfate in another beaker. Mix the two solutions, start a stop clock

immediately and stir with a thermometer. Read and record the temperature of
the mixture.

» Record the time when the solution turns intense blue.

+» Repeat the experiment with the same volumes of the solutions but at a higher
temperature,

» Repeat the experiment using at least two more different temperatures,

The equation for the reaction is:
10, (aq) + 51 (aq) + 6H (aq) — 3I,(aq) + 3H,0(1)

The iodine produced then reacts with the sodium thiosulfate:
I (aq) + 25,0,* (aq) — 2I"(aq) + 5,04 (aq)

When all the sodium thiosulfate has been used up, the next iodine that is

produced forms an intense blue colour with the starch,
| 1 -4
298

The results are shown in the table below.

135 0.0074 -4.9 25 0.00336
46 0.0217 -38 40 313 0.00319
14 00714 -2.6 60 333 0.00300

@ 6 Kinetics Il (Toplc 16)




Plot a graph of In(1/time) on the y-axis against 1/T on the x-axis.

Measure the gradient of the line and evaluate the activation energy.

You may assume that the gradient of this line is the same as that of Ink against
1/T and that its value is —-E;/R.

Answer
See Figure 6.20,

$/K!

0.200300 0.00320 0.00340
0.00036
3
23
i
I8
& 5.
Figure 6.20
~2.3
dient of line = memmm = ~§389 K
e S T

-E,

“El .

As the Arrhenius equation is Ink =

+ a constant, the gradient equals

E, =—gradient » RT = —(—6389)K = 8.31JK"'mol"!
=+53000Jmol ' =+53,1kJmol"

Test yourself

8 The time for 10% of a reactant to react was measured at different

temperatures. At 25°C it was 40s and at 35°C it was 20s, Calculate the
activation energy.

Summary tasks

Make sure that you can:

o draw Maxwell-Boltzmann distribution curves and use them to explain the effect
of a change in temperature on the rate of reaction

¢ define activation energy

e explain the effect of an increase in pressure on the rate of homogeneous gas
reactions

Check that you can describe experimental methods for following a reaction by:

@ titration
e colorimetry or infrared spectroscopy
¢ pH change

Effect of temperature and a catalyst on the rate constant | **1

R L R R N L L L e L N

Four or five readings at
different temperatures

would make the result more
rellable,

LRI R R R TP T LI Y

Note that the units of
the gas constant, R, are

JK-imol-! and so the

actlvation energy will be
calculated In Jmoi-1,




e volume of gas produced (or loss of mass because of gas evolved)
@ time for a visible change to be observed

Check that you can:

¢ deduce order from initial rates

® & % ¢ @ 0

deduce order from concentration—time graphs

write the rate equation given the partial orders

calculate the value of the rate constant and its units

calculate the activation energy from rate constant and temperature data

draw reaction profile diagrams

draw mechanisms of nucleophilic substitution reactions of halogenoalkanes that

are consistent with the deduced order of reaction

differentiate between homogeneous and heterogeneous catalysed reactions

fl Questions

1

#) Draw the distribution of energies of a mixture
of hydrogen and iodine at a temperature T and
at a lower temperature, T3,

b) Explain, in terms of energy and frequency of
collisions, why the reaction between hydrogen
and iodine is slower at the lower temperature,

¢) Which of energy and frequency of collisions is
more important in causing the rate to decrease?

) What effect would an increage in pressure have on

the frequency and energy of collisions and hence
on the rate of the reaction?

Potassium manganate(vir) reacts slowly with a
solution of ethanedioic acid in dilute sulfuric acid at
room temperature, The equation is:

2MnO,~(aq) + 6H*(aq) + 5(COOH),(aq) —
2Mn**(ag) + 8H,O(1) + 10CO,(g)

a) Describe a chemical method by which the progress
of this reaction could be followed,

b) Describe a physical method by which the progress
of this reaction could be followed.

¢) If this reaction is carried out at a constant higher

temperature, the rate at first increases and then
slows down. Suggest an explanation for this and

suggest an experiment to confirm your hypothesis
for the initial increase in rate.

Consider the reaction:
2A + B — products

It was found to be second order. Write two rate
equations that fit these data.

@ 6 Kinetics Il (Toplc 16)
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The kinetics of the reaction;
C;Hgl + KOH — C;H;OH + KI

were studied at a temperature T. The following
initial rate data were obtained:

1 0.20 0.10 2.2 x 10-5
0.40 0.10 4,4 x 10-5
3 0.20 0.20 4.4 x 105

a) Deduce the partial orders of reaction with respect
to iodoethane (C,Hgl), and potassium hydroxide.

b) Write the rate equation for the reaction.
¢) Calculate the value of the rate constant at this

temperature and give its units.

The reaction between persulfate ions, S,0g*", and
iodide ions was studied by an iodine clock method.

S,0¢%"(aq) + 2I"(aq) — 250 " (aq) + I,(aq)
a) Describe the iodine clock method.

b) The initial rates of reaction were measured at

different concentrations. The results are shown
below,

1 0.038 0.080 1.2 x 10-B
2 0.076 0,050 2.4 x 10°5
3 0.162 0.100 9.6 x 10°5




Deduce the overall order of reaction,

¢) Write the rate equation and calculate the value of
the rate constant,

6 The reaction between 2-bromopropane and an
aqueous solution of sodium hydroxide is as follows:

CH;CHBrCH; + NaOH —
CH;CH(OH)CH; + NaBr

In an experiment, the initial concentration of both
reagents was 0,10moldm™, The concentration of
hydroxide ions was measured at set time intervals,
the graph of [OH™| against time was plotted and the
rate of reaction found by drawing tangents to the
graph at two different values of [OH"]:

* [OH"] = 0.10moldm™3; slope of tangent =
1.6 x 1073

* [OH7] = 0.05moldm™; slope of tangent =
0.8 x 1073

a) What 18 the order of reaction?

b) In a separate experiment, [2-bromopropane]
was measured at intervals of time. The starting
concentration of each reactant was 0,10 moldm™3,
What would be the relative values of the slopes of
tangents drawn to a graph of [2-bromopropane]

against time at the points where [2-bromopropane]
were 0.10moldm™ and 0.050 moldm=3?

¢) How would you modify the experiment to find
out the partial orders of the two reagents?

7 The half-lives of two different reactions were
measured. The results are shown in the table.

0.8 20.0 0.8 2.2
0.4 19,7 0.4 4.3
0.2 19,9 0.2 8.5
0.1 20.4 0.1 17.0

Deduce the order of both reactions,

5 The data in the table refer to a reaction between
A and B.

0.20 0
0.16 10
0.13 20
011 30
0.07 50
0.04 80

a) Plot a graph of [A] against time.

b) Draw tangents at [A] = 0.16moldm™® and at
[A] = 0.08moldm™. Measure the slope of both
tangents,

¢) Use your answers from (b) to estimate the order
of the reaction.

O  The wvalues of the rate constant, k, at different

temperatures for the cracking of ethane into ethene
and hydrogen are given in the table,

660
0.00037

The Arrhenius equation is:

E,
Ink=InAd - ==

a) Draw a graph of In k against 1/T.

760
0.065

G680
0.0011

720
0.0082

b) Measure the slope of the line and hence calculate
the value of the activation energy of this reaction,

¢) Use the graph to calculate the value of the rate
constant at a temperature of 700 K.

Questlons ' °°




Exam practice questions
1 The reaction between small, equal-sized lumps
of calcium carbonate and dilute hydrochloric
acid was studied at different temperatures T.
The acid was in excess and the time taken for the

production of bubbles to stop was determined.

50cm? of 0.50moldm™ hydrochloric acid were
added to one lump of calcium carbonate of mass

0.20 g The time for bubble production to stop
0.10 0.10 1.4 x 10~4
0.20 0.20 2.9 x 104

17 0.30 0.10 4.1 x 10-4

69 25
a6 35 a) Deduce the order of reaction with respect

14 50 | to:
i) 2-chlorobutane

ii) hydroxide ions (4)

2 The alkaline hydrolysis of 2-chlorobutane,
CH,CHCIC,H,, was studied. The results

are shown in the table, The equation for the

hydrolysis is:

CH;CHCIC;Hs + OH™ —
CHyCH(OH)C,Hg + C1I7

a) Complete the table. (2)

b) Calculate the percentage by moles of the
acid used up in the experiment. Hence,
suggest whether 1/time is a reasonable
measure of the rate of reaction. (3)

¢) Plot a graph of In (1/time) against 1/kelvin

temperature and measure its gradient.  (3)
d) Assuming that the gradient of the line is

the same as that of the graph of In k against

1/7T, calculate the activation energy for the

reaction. Give a sign and units with your

answer. The Arrheniug equation is:
E

Ink=Ind - Tﬁ
(The gas constant R = 8.31JK~'mol~") (3)
@) Assume that the reaction is first order, The
units for k are:
A s C moldm™3g~!
B ¢! D dm*mol™s (1)
f) i) The value of AH for this reaction
is =351 kJmol~", Calculate the heat
energy released when 0.20g of calcium
carbonate reacts with 50cm? of dilute
hydrochloric acid, Hence, calculate
the temperature change during the
reaction. The solution has a specific
heat capacity of 4.2 Jg™' °C™", (3)
What effect would this have on the
accuracy of the value of the activation
energy? (1)
(Total 16 marks)

b) Write the rate equations for this reaction.
1
c) (Cilculate' the rate constant, based on the
data from experiment 3. Give your answer
to two significant figures and include a
unit. (2)
d) Draw the mechanism for this reaction
that is consistent with your answer to (b),
including relevant lone pairs of
electrons. (4)
If a single optical isomer of primary
halogenoalkane had been used, what would
be the effect of the product on the plane of
polarisation of plane-polarised light? (1)
A It would rotate it in the same direction
B It would rotate it in the opposite
direction
C It would not rotate it at all as the
product would not be chiral
D It would not rotate it at all as a racemic
mixture wias obtained.
(Total 12 marks)




3 Persulfate iong, S,0%", are reduced by iodide
ions according to the equation:

S,0¢% (aq) + 21 (aq) — 2S04% (aq) + Iy(aq)

a) The structure of the persulfate ion is shown
in Figure 6.22,

Figure 6.22
Calculate the oxidation number of oxygen
in this ion and write the ionic half-equation
for its reduction. (2)
b) Describe how you could follow this
reaction, (4)
¢) When 25 cm? of sodium persulfate of
concentration 0,10moldm™=? and 25 cm?
of potassium iodide of concentration
2.0moldm™?* were mixed with a trace of a
catalyst of iron(ir) sulfate, a steady reaction
took place. The results of the experiment are
shown below.

50 0.030
100 0.050

200 0.076

300 0.088
400 0.094

500 0.097

i) Draw a graph of [1,] on the y-axis
against time on the x-axis. (3)
ii) Use your graph to calculate the initial
rate of reaction either by drawing a
tangent at { = Os or by other means. (3)
ifi) The experiment was repeated but
using sodium persulfate solution
of concentration 0,050 moldm=3,
The initial rate was found to be
2.0 x 107*moldm™3s~!, What
information does this give about the
partial order of one of the reactants?
Justify your answer, (2)
d) The experiment was first done at a
temperature of 25°C and then repeated at
35°C. It was found that the rate constant, k,
doubled at the higher temperature. Use the

expression below to calculate the value of
the activation energy of this reaction, giving
a sign and units with your answer. (3)

o) -7

R=8231Jmol 'K

(Total 17 marks)

4 Cyclopropane can be converted into its isomer,

propene by heating to 500°C;

CH;
— CHCH==C
I-I:(./—\CH: " o

0.080 0
0.062 5
0.048 10

0.038 16
0.023 25

0.014 | 38
0.0065 50

a) Use the data in the table to plot a graph
of concentration (y-axis) against time
(x-axis), (3)
b) Measure three consecutive half-lives and
hence deduce the order of the reaction. (3)
¢) Calculate the value of the rate constant,
stating its units, (2)
(Total 8 marks)

5 Consider a reaction that has a two-step

mechanism in which both steps are exothermic.
Step 2 is the rate-determining step.

Step 1:A + B — intermediate
Step 2: A + intermediate — C
a) Write the overall equation for the
reaction. (1)
b) Draw the reaction profile diagram for
the overall reaction. (4)
c) Predict the rate equation for the
reaction. (1)
d) How would the rate equation differ if step 1
were the rate-determining step? (1)
(Total 7 marks)




Required year 1 knowledge

Isomers are diflferent compounds that have the same molecular formula.

| Structural isomerism

Structural isomers are compounds with the same molecular formula
but different structural formulae,

Structural 1somers can be divided into three categories: carbon-chain, positional
and functional group.

Carbon-chain isomerism
In carbon-chain isomerism, the difference between the isomers is the length of

the carbon chain. For example, if the compound containg four carbon atoms, they
can be arranged with two different chain lengths (Figure 7.1).

L
E
G G e € e e |
Skeletan A Skeleton B G C =
Figure 7.1  Chain lengths for a four carbon Figure 7.2

atom compound

Note that the carbon skeleton in Figure 7.2 is the same as that of A in Figure 7.1,
because they both contain a chain of four carbon atoms.

The bond angle around a sp® hybridised carbon atom is 109%". but is often drawn as
180° or 907 for simplicity.

Positional isomerism

Positional isomers have the same functional group in different locations on the
carbon skeleton. For example, there are two isomers of molecular formula C,HgO.
In one isomer (propan-1-ol) the =OH group is bonded to an end carbon atom; in
the other (propan-2-ol) it is bonded to the middle carbon atom (Figure 7.3).

i H H H OH H
i E— OH H— l l H
H H M H H H

Figure 7.3
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Worked example

Draw and name the structural isomers of C4HgCl.

Answer
There are two ways of arranging the four carbon atoms (Figure 7.4).
C
. = C - C o e €
Skeleton A Skeleton B
Figure 7.4
There are two positions on the fourcarbon skeleton for the chlorine atom (Figure 7.5).
H H H H H H Cl H
H H H H H H H H
1-chlorobutane 2-chlombutane
Figure 7.5
There are also two positions on the three-carbon skeleton for the chlorine atom
(Figure 7.6).
Cl
H 1 H H H
|| | | |
HH—l—HH HH—{.'.—H "
j |
H H
1-chloromethylpropane 2-chloromethylpropane
Figure 7.6

These structures can also be represented by skeletal formulae (Figure 7.7).

/‘\/’_c’/ﬁ/

Cl

Cl
Cl

Figure 7.7

Functional-group isomerism
In functional-group isomerism, the isomers are members of different homologous

series and, therefore, have different functional groups. For example, there are
two isomers of molecular formula C,;H,O. One isomer is the alcohol ethanol,

CH3CH3;OH,; the other is the ether methoxymethane, CHyOCH;.

Structural Isomerlsm | 5/



| Stereoisomerism

Stereoisomers are compounds with the same structural formula but
which have the atoms arranged differently in space.

There are two types of stereoisomerism — geometric and optical.

Geometric isomerism

Geometric isomerism ig also called ds—frans or E-~Z isomerism, In organic
chemistry it is caused by the presence of a functional group that restricts rotation,
For example, a C=C group consists of a g-bond, which lies along the axis between
the two carbon atoms and a n-bond, which is above and below that axis (Figure 7.8).

Figure 7.8

For rotation round the o-bond to occur, the n-bond would have to break and then
reform. The energy required to do this is far too great for this to occur at room
temperature,

Alkenes exhibit geometric isomerism if there are different groups on each carbon
atom of the C=C bond. The simplest example is but-2-ene, which has two geometric
isomers (Figure 7.9).

HsC CHy HyC H
\C= C/ \C=C/
H/ \I-I H/ \CH y
cis-but-2-ene trans-but-2-ene
Figure 7.9

In cis-but-2-ene, the two —=CHj; groups are on the same side of the double bond;
H CHy——CHy in trans-but-2-ene they are on opposite sides. These two compounds are isomers

2
\ / because the double bond restricts rotation and there are different groups (—H and
/C—C\ —=(CH,;) on each of the double-bonded carbon atoms.
H_ i But-1-ene does not have geometric isomers, because one of the carbon atoms in the
Figure 7.10 C=C group has two hydrogen atoms bonded to it (Figure 7.10).

_

Test yourself

1 Explain why 1-chloroprop-1-ene, CH3CH=CHCI, exists as two geometric
isomers whereas 3-chloroprop-1-ene, CH;=CHCH,CI, does not.

The E/Z system of naming isomers must also be known. Each group attached to
the C=C group is assigned a priority. The higher the atomic number of the atom
attached the higher the priority. If the two highest priority atoms or groups are on
“'A'way of remembering this Is  different sides of the C=C group, the compound is the E-isomer. Thus frans-but-2-ene

‘2 meanz on zee zame zide'| is also called E-but-2-ene and cis-but-2-ene is called Z-but-2-ene,

@ 7 Chirality (Toplc 17)



If two different groups are bonded through carbon atoms to the C=C group, then Tip

the one with the greater sum of atomic numbers has the higher priority. Thus a

C,Hg group has a higher priority than a CH, group. It is advisable to draw
, correct bond angles
Geometric isomers have the same chemical properties, and slightly different physical |, -4 the C=C bond.

properties:

E-but-2-ene -105 +3.0
Zbut-2-ene -138 +3.8

Geometric isomerism can occur in cyclic compounds in which rotation is not
possible. When chlorine adds to cyclohexene, one of two possible geometric

isomers is formed (Figure 7.11),
H H | Cl

Figure 7.11

The fact that the trans isomer is formed is evidence that the second chlorine atom adds
to alkenes on the opposite side from the first chlorine. This is called trans addition,

Geometric isomerism also occurs in some transition metal complexes. For example,
platinum(1) forms planar complexes with four ligands. The complex [PtCly(NH3),]
exists as two geometric isomers (Figure 7.12).

Cl €l Cl _NH3
w7 ST
NH,'/ \H, NH,/ \Ci
cis-diamminedichloroplatinumii) trans-diamminedichloroplatinumi)
Figure 7.12

The cs-isomer (known as cisplatin) and similar cis-platinum complexes are used

i " T e BAAAAddd bbb bbAbAAdaddddbwrabdda
in the treatment of cancer. The complexes inhibit cell division and cancer cells are  Clsplatin blocks DNA
particularly susceptible, The treatment, known as chemotherapy, also causes hair loss ~ replication because It Is the

because cisplatin stops the regrowth of hair, The trans-isomer has no biological activity, ~ ¢orrect shape to bond to the
base guanine In DNA. The

The cis—trans method of naming geometric isomers breaks down in more complex  trans form cannot do this,
compounds. For example, there are two geometric isomers of the unsaturated acid,

2-methylpent-2-enoic acid, C;HsCH=C(CH,)COOH (Figure 7.13).
CaHs CHy CaHy COOH

NI \

C=C C=C

/\ / 0\

H COOH H CHs
E-isomer Z-isomer
Figura 7.13 The E-/Z-isomers of 2-methylpent-2-enoic acid

Stereolsomerism



The priority numbers for some common groups are:

0--C3P13== 9
e —CHg =17
e —COOH = 23

The prefix Zis given to the isomer with the two higher priority groups on the same
side of the double bond; E is given to the isomer with the two higher priority groups
on opposite sides. Thus, the left substance in Figure 7.13 is E-2-methylpent-2-enoic
acid and the other is Z-2-methylbut-2-enoic acid.

Test yourself

2 Draw the E- isomer of CH,CICH=C(CH3)CH,Br.

Year 2 isomerism

J Optical isomerism

NARRRN ATV RPN AR RN RPN R RS

A left hand Is different from

a right hand, yet looks llke a
right hand when reflected In
a mirror,

L I R R RN P I T RN R RN L ]

Non-superimposable means
that It Is Impossible to put
one beslde the other In such
a way that thelr shapes are
the same,

L L L e N L A LT

Note that the two Isomers
are drawn as mirror Images.
The wedges and dashes are
meant to give an |dea of the
three-dimensional shapas of
the molecules,

@ 7 Chirality (Toplc 17)

Compounds that show optical isomerism do not have a plane (or axis or centre)
of symmetry. They are said to be chiral. Such compounds have two isomers, which
are mirror images. The isomers are called enantiomers.

A left hand and its reflection

A chiral centre in a molecule or ion causes it to have two optical isomers,
which are called enantiomers.

An enantiomer is an isomer that is non-superimposable on its mirror
image.

The most common cause of chirality in organic chemistry is when a carbon atom has

four different groups or atoms attached to it, For example, the compound CHFCIBr
is chiral (Figure 7.14),



Mirror
Cl : Cl

Br/ \H“‘F F"‘Hl \Br

Figure 7.14 Enantiomers of
CHFCIBr

Enantiomers of CHFCIBr

Lactic acid is produced when milk goes sour and in muscles as a result of anaerobic Mirrae
respiration. Its formula 18 CH;CH(OH)COOH and its systematic name is COOH . HOOC
2-hydroxypropanoic acid. It contains a chiral carbon atom that has —H, —OH, —CH, |
and —COOH attached. The presence of these four different groups means that the

substance exists as two optical isomers (Figure 7.15). RO/ \“"CH, > HC” /
—
Test yourself Figure 7.15

3 Draw the sterecisomers of;
a) CH5;CH(OH)CN b) CH3CH=CHCN

Enantiomers have identical chemical properties and the same boiling temperatures
and solubilities, They differ in two ways: Tip
Always make sure that the
bonds are drawn from

the central carbon atom

to the correct atom in the
Glucose, CHO(CHOH),CH,OH, is one of 16 optical isomers. Glucose is the only group, for example, to the

¢ Uniquely among chemical compounds, they rotate the plane of polarisation of
plane-polarised light.
e Optical isomers often have different biochemical reactions.

one of the 16 that can be metabolised by humans. oxygen atom of the ~OH
group and to the carbon
Plane-polarised light atom of the ~CH; group.

Light waves have peaks and troughs in all planes. When ordinary light is passed
through a piece of Polaroid, the light that comes out only has peaks and troughs in
a single plane. This light is said to be polarised.

A solution of one enantiomer rotates the plane of polarisation of plane-polarised ssrrvevssrsservrrnrrsnsssssnns

This property Is optical and
light in a clockwise direction (+); the other enantiomer rotates it in an anticlockwise provides the origin of the

direction (=) (Figure 7.16). name ‘optical Isomerism’,
Yy
—_— —_—
vy
Unpolarised light Polariser Polarised light
vibrating in all planes vibrating in one plane

Figure 7.16 Unpolarised and polarised light
Optical Isomerlsm
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Lactic acid produced in muscles is a crystalline solid that melts at 26°C and rotates the

plane of polarisation clockwise. Lactic acid obtained from the action of microorganisms
on milk sugar (lactose) is a crystalline solid that also melts at 26°C, but rotates the
plane of polarisation of plane-polarised light in an anticlockwise direction,

A solution containing equimolar amounts of the two enantiomers is
called a racemic mixture. It does not rotate the plane of polarisation of

plane-polarised light.

The extent by which an enantiomer rotates the plane of polarisation can be measured
using a polarimeter (Figure 7.17).

.Sadium Fixed Reaction Rotatable Eye
dLi;: harge  polariser  tube polariser
tube

Figure 7.17 A polarimeter

The angle through which the plane of polarisation is rotated depends on:

e the nature of the enantiomer
¢ the concentration of the enantiomer in the solution
e the length of the reaction tube

The second factor is useful in determining the change in concentration during a reaction.
For example, the rate of the hydrolysis of sucrose can be followed using a polarimeter:

C12H2,0,, + HO = CH, 0 + CgH YO
sucrose glucosge fructose

Sucrose rotates the plane of polarisation in one direction and the mixture of glucose
and fructose rotates it in the other direction,

The rate of hydrolysis of one enantiomer of a halogenoalkane can also be followed
using a polarimeter:

CH,CHCIC,H, + OH™ —- CH,CH(OH)C,H, + CI~

one enantiomer d racemic mixture

The rotation of the plane of polarisation of plane-polarised light drops from the
original value to zero as the reaction progresses. This is because the reaction is

mostly via an Sp1 mechanism, which goes through a planar intermediate. This can
be attacked from either side, resulting in equimolar amounts of each enantiomer,

e

Test yourself

4 Alanine, NH3CH(CH4)COOH, is an amino acid found in many proteins, Draw the
structures of the two optical isomers of alanine.




Biological differences

Stereoisomers have the same chemical reactions. Both enantiomers of lactic acid
have identical chemical properties. However, most biochemical reactions take place
with only one of the two enantiomers. Ibuprofen, (CH,),CHCH,,C;H,CH(CH,)

COOH, for example, is chiral and the tablets available commercially are a racemic
mixture. Only the (—) form is active as a painkiller and anti-inflammatory drug.

In the 1950s, the drug thalidomide was introduced as a cure for morning sickness in

pregnant women, Sadly, it had not been tested properly on a sufficient range of pregnant
mamimals. About 10000 children, whose mothers had been taking thalidomide, were

born with severe abnormalities — for example, vestigial limbs. It was found subsequently
that one enantiomer suppressed morning sickness and the other caused the birth defects,

Two chiral centres

If a molecule has two different chiral centres, there are up to four possible optical
isomers. Let one chiral centre be called A. It has two mirror image structures, one
of which will rotate the plane of polarisation of plane-polarised light clockwise, +A;
the other will rotate it anticlockwise, —A. Let the second chiral centre be called B.
The B centre also has two mirror image structures, +B and -B.

The four optical isomers are: +A with +B, —A with -B, +A with =B, and -A
with +B. The first isomer rotates the plane of polarisation of plane-polarised light
clockwise, the second rotates it anticlockwise by the same amount and the third and
fourth each rotate it slightly, depending on the extent to which the A and B chiral
centres each rotate the plane.

If the two halves have the same formula (A is the same as B), then the last two
enantiomers are identical, This enantiomer i8 called the meso form.

————e
Test yourself
5 a) Draw and name the four structural isomers of C3HgCl,.

b) One of these exists as optical isomers. |dentify which and draw the
structural formulae of these two isomers, showing clearly how they differ.

Tip

If a molecule has two
identical chiral centres,
the isomer with a plane
of symmetry will not be
optically active because

one chiral centre will
rotate the plane of
polarisation of plane-
polarised light clockwise
and the other chiral
centre will rotate it equally
anticlockwise,

Summary

e Optical activity occurs in organic compounds when four different groups are attached
to the same carbon atom. This carbon atom is the chiral centre of the molecule,

o A chiral centre results in two optical isomers (enantiomers) that are non-
superimposable mirror images of each other.

¢ Enantiomers rotate the plane of polarisation of plane-polarised light in opposite
directions.

e Anequimolar mixture of enantiomers is called a racemic mixture. It has no effect
on plane-polarised light,

Optical Isomerlsm | 9"



j Chirality and mechanisms

@ 7 Chirality (Toplc 17)

Nucleophilic substitution of halogenoalkanes

Nucleophilic substitution of halogenoalkanes can proceed either through an Sy1 or an
Sn2 mechanism. There are two pileces of evidence that enable the elucidation of the
correct mechanism. One is from the Kinetics of the reaction. An Sy1 mechanism is zero
order with respect to the nucleophile and first order with respect to the halogenoalkane; an
Sn2 mechanism is first order with regpect to both the nucleophile and the halogenoalkane.

Spl: rate = k[halogenoalkane]' x [nucleophile]”

Sn2: rate = k[halogenoalkane]' % [nucleophile]’
The other piece of evidence is the effect of the product of the reaction on plane-
polarised light.

If a single optical isomer of a halogenoalkane is reacted with hydroxide ions and
the reaction has an S52 mechanism, the result will be a single optical isomer of the
product alcohol. The OH™ ion attacks from the side opposite to the halogen and thus
a single optical isomer with an inverted stereostructure is obtained (Figure 7.18).

) r | o il F
e Lo —_— HO-HL“ —_— u:I: + Br
' c/}‘ Br /}) Br HO":{ \CH’

3

HaC

Figure 7.18

However, if the mechanism is Sp1, the result is optically inactive because the racemic
mixture of the two enantiomers is produced (Figures 7.19 and 7.20),

Step 1 CaHs CaHs

| !

N — % B
H,c/ \ ~Br ch/ \H
H
Figure 7.19
Step 2 s CyH CaH
HO:\ 2’ '3 '’y
Ce c-
O T G~ “\SH
and :OH
Y Y
i:zH: i::Hs
,"C\ /Cﬁt
HO” / H H X‘DH
ch Ha
Figure 7.20

The first step is the loss of the halide ion from the halogenoalkane, The resulting

carbocation has three pairs of bonding electrons and no lone pairs, so its shape
is triangular planar around the positive carbon atom. The nucleophile can then



attack from the top (left-hand side of the two step 2 mechanisms), producing one
enantiomer, or from the bottom (right-hand side of step 2), producing the other.

As the chance of attack from the top is identical to that from the bottom, the two
optical isomers (enantiomers) are produced in equal amounts. This is the definition

of a racemic mixture.

Nucleophilic addition to carbonyl compounds

The production of a racemic mixture in nucleophilic addition to aldehydes is
evidence for the type of mechanism. This is explained in Chapter 8.

Summary tasks

Make sure that you:

1

can write formulae clearly showing the difference between different structural
isomers, between ¢is and tans (E/Z) isomers and between optical isomers

(enantiomers)

can define chirality and know how to identify a chiral centre in a structure
know in what way optical isomers differ and how this can be demonstrated

understand the chirality involved in Sp1 and Si2 substitution reactions

j Questions

The complex ion [Cr(NH;)4(Cl);]" has fourammonia
molecules and two chloride ions attached to the
central chromium ion by dative covalent bonds.
Its shape is octahedral and similar to that of the
hydrated magnesium ion [Mg(H,0)g]**. Draw the
two geometric isomers of the chromium complex
ion. Mark in the bond angles on your diagram,

CGieraniol is a perfume found in rose petals. Its

formula 18 shown in Figure 7,21,

HsC CHs

C i CH(CH;); C == CHCH,0H

HsC
Figure 7.21

Explain why geraniol exists as two geometric
1somers,

Name the compounds in Figure 7.22,

F b

> 4 Br F
C=C\ \cgc/

cl 4 M

Cl H

A HC,
b

il
Figure 7.22

Draw the two optical isomers of CH,CH(OH)C,H,
to show clearly the way in which they differ.

5

Loy

Limonene is a chiral molecule found in the oil of
citrus fruits, Its structure is shown in Figure 7.23,

\ /CH:—CH

H C
] Hz_ H:
Figure 7.23

Redraw the structure, marking the chiral centre
with an asterisk, *.

w— ]y

Alanine, 2-aminopropanoic acid, is an amino acid
found in many proteins, It is chiral.

a) Explain the meaning of the term ‘chiral’.

b) Describe how optical detected

experimentally.

activity 1s

Tartaric acid, 2,3-dihydroxybutanedioic acid, has
the formula HOOCCH(OH)CH(OH)COOH.,

a) Draw the full structural formula of this molecule,
marking each chiral centre with an asterisk, *.

b) Explain why there are only three optical isomers
of this compound.

How would you demonstrate the difference in
properties of two optical isomers?

9 Search the web for information on cisplatin and

write approximately 100 words about its dlscovery.

uses and problems,
Questions 7%




Exam practice questions

1

a) An enantiomer is

A an equal mixture of two optical isomers

B one particular optical isomer

C one particular geometric isomer

D a compound with four different groups
attached to a carbon atom (1)

b) Bromine dissolved in an inert solvent reacts

with propene to form 1,2-dibromopropane.
This product contains one chiral carbon atom,
i) What do you understand by the term
chiral? (1)
ii) Draw the mechanism for this
reaction, (3)

¢) Tiglic acid i the E isomer of 2-methylbut-2-

enoic acid, CH,CH=C(CH,)COOH.

i) Draw the structural formula of tiglic acid
showing the orientation of the groups
around the C=C group. (1)

if) Explain why it is an E- isomer. (2)

ifi) A chemist tried to prepare tiglic acid from
2-bromo-2-methyl butan-1-ol, in two
steps. Suggest reagents and conditions for
each of these steps and write equations for

each step. (6)
Step 1: Reagents
Conditions

Equation
Step 2: Reagents
Conditions
Equation
iv) Explain whether tiglic acid alone
would be produced or whether it would
be a mixture of tiglic acid and
its isomers. (2)
(Total 16 marks)

2) This question is about

HO

a) Its molecular formula is
A CHjO; € GH( 0,
B CiH,,0; D CsH O, (1)
b) Its name is
A E-3-ethylpent-3-enoic acid
B Z-3-ethylpent-3-enoic acid
C E-3-ethylpent-2-enoic acid
D Z-3-ethylpent-2-enoic acid (1)
¢) It reacts with gaseous hydrogen bromide in
A a nucleophilic addition reaction
B an electrophilic addition reaction
C a nucleophilic substitution reaction
D an electrophilic substitution
reaction (1)
d) Write the skeletal formula of the major
product formed when it reacts with HBr
and explain why it, and not its isomer, is
formed. (3
(Total 6 marks)




Carbonyl compounds contain the >C=0 group. The carbon atom is bonded to

the oxygen by a g-bond and a n-bond. Oxygen is more electronegative than carbon,
\E:_ & 50 the bonding electrons are pulled towards the oxygen atom, making it 5= and the
/ carbon 0+ (Figure 8.1).
Figure 8.1 The polar nature of the bond makes the carbon atom susceptible to attack by
' nucleophiles.

dhbbddddbdbbhbbbbbrdddd Al b ba

g:g’fg’;%‘:}‘;"g:f:‘;:ﬂ A nucleophile is a species with a lone pair of electrons that is used to

are carboxylic aclds and
thelr derlvatives and are
discussed In Chapter 9,

There are two types of carbonyl compounds: aldehydes and ketones.

j Aldehydes

— e Aldehydes have a hydrogen atom bonded to the carbon of the C=0 group.
Tip e The formulae of aldehydes can be represented by RCHO, where R i¢ a hydrogen
Never write the formula of atom, an alkyl group or benzene ring, for example H, =CH,, —=C;Hg or —CgzHs,.
an aidehyde as RCOH, Aliphatic aldehydes have the general formula C,Ha,e CHO, where nis 0, 1, 2, 3 etc.

Bolling temperature; °C

HCHO Methanal -21
CH3CHO Ethanal 20
CH3CH,CHO Propanal 49
CH3CH,CH,CHO Butanal 76
(CH3),CHCHO Meathylpropanal 62

If you are asked for the structural formula in an exam, it is a good idea to show
the bonding in the =CHO group. For example, it is helpful to write the structural

/"' formula of ethanal as shown in Figure 8.2,
HyCommmC _
\ The boiling temperatures increase from methanal to butanal as the number of electrons
| increase, causing stronger London forces. Methylpropanal has a lower boiling temperature
Figure 8.2 than its isomer, as it has a branched chain, which weakens the London forces.
| Ketones

Ketones do nor have a hydrogen atom bonded to the carbon of the group,

The formula of ketones can be represented as RCOR', where R and R are alkyl
or benzene ring groups such as ~CH,, —C;Hg or =CgHs. The simplest ketone is

propanone, which contains three carbon atoms.




e
Tip

Propanone used to be
called acetone,

Mt _~CHs

|

Figure 8.3

Tip

Strictly speaking the CHy
groups should also be
displayed, but this formula

will not be penalised.

0

A

Figure 8.4

Aidehyde\J Ketone
Figure 8.5

\i:lj:D
0

Figure 8.6

— =
\

CHaCOCH3 Propanone 56
CHaCH2COCH3 Butanone 80
CH3CH;COCH,CH; Pentan-3-one 102
CH3COCH,CH,CH4 Pentan-2-one 102
CH3COCH(CH3)y Methylbutanone 94

You may be asked for the displayed formula of a ketone. If so, you must show the
bonding in the carbonyl group. For example, Figure 8.3 shows propanone,

Figure 8.4 shows the skeletal formula for butanone,

Test yourself
1 Write the formulae of the ketone isomers of molecular formula, CgH,,0.

| General structural formulae

The general structural formulae of aldehydes and ketones, showing double bonds,
can be represented by Figure 8.5,

Geometry around the C=0 group
The carbon atom has two single bonds, one double bond and no lone pairs, so the

electrons in the three bonds repel each other and take up the position of maximum
separation. This is a planar triangular shape with bond angles of 120° (Figure 8.6).

This planar shape makes it easy for nucleophiles to attack the carbon atom from

either above or below, and so a single optical isomer is never obtained by addition

to carbonyl compounds.
&+ &=
The polarity of the >C=0 group is not cancelled out by the other two groups

attached to the carbon atom. Therefore aldehyde and ketone molecules are polar.

B Physical properties

Boiling point
Methanal is a gas. The other carbonyl compounds are liguid at room temperature,
The molecules are polar, so dipole—dipole forces as well as London (dispersion)

forces exist between them. Alkanes and alkenes are not polar, so their intermolecular

forces are weaker and their boiling points lower than those of aldehydes and ketones
with the same number of electrons in the molecule.

Intermolecular hydrogen bonding is not possible in carbonyl compounds because
neither aldehydes nor ketones have a hydrogen atom that is sufficiently 6+
Therefore, they have boiling points that are lower than those of alcohols, which do
form intermolecular hydrogen bonds.

@ 8 Carbonyl compounds (Toplc 17)
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Test yourself

2 Explain why butanone has a boiling temperature between those of butan-1-ol
and pentane.

Solubility

The lower members of both series are soluble in water, This solubility is due to
hydrogen bonding between the lone pair of electrons in the 6— oxygen in the
carbonyl compound and the &+ hydrogen in a water molecule (Figure 8.7).

Propanone is an excellent solvent for organic substances.

Smell

e The lower members of the homologous series of aldehydes have pungent odours,

e Ketones have much sweeter smells than aldehydes,

e Complex aldehydes and ketones are often used as perfumes. Citral, an ingredient
of lemon grass oil, is an aldehyde; B-ionone is a ketone that smells of violets and
1s used in perfume (Figure 8.R8),

CH
J; ’ ﬁ HyC CH, ﬁ
C CH C
H-.-ti’/ N ' \"CH,
HaC |
ey CHy

Cl Citral p-lonone
e e
Figure 8.8

Laboratory preparation
Aldehydes

Aldehydes are prepared by the partial oxidation of a primary alcohol. The usual
oxidising agent is a solution of potassium (or sodium) dichromate(vi) in dilute
sulfuric acid. The temperature must be below the boiling point of the alcohol and
above that of the aldehyde. In this way the aldehyde is boiled off as it is formed and,
therefore, cannot be oxidised further, If the mixture were to be heated under reflux,
the aldehyde would be further oxidised to a carboxylic acid.,

Ethanal can be prepared as follows:

e Heat ethanol in a flask to about 60°C, using an electric heater,
¢ Add a solution of potassium dichromate(vi) in dilute sulfuric acid slowly from a

tap funnel,
e As it distils off, collect the ethanal in a flask surrounded by iced water.

o/
\gﬁ 56‘ P
/ -.H&"'
\\D-—-—-H

Figure 8.7

Laboratory preparation @




[ The reaction is exothermic and so heat is generated. This maintains the temperature
Tip above the boiling point of ethanal, so it boils off before it can be oxidised further.
A Bunsen flame must not

be used as both ethanol
and ethanal are highly CH,CH,0OH + [O] — CH,CHO + H,O

flammable,

The preparation of ethanal (Figure 8.9) is represented by the equation:

Water out/

==

Tip

[0] can be used in
equations for oxidation
reactions in organic
chemistry, apart from
those involving oxygen
gas, [H] can be used for
all reduction reactions in
organic chemistry, apart

from when hydrogen gas
is the reducing agent.
Equations containing [O]

or [H] must still balance,

¥ Clectric heater § Veta 'V

Distillation with addition of reactant \ )

Figure 8.9 Laboratory preparation of ethanal

“The Iced water keeps the  Reagents: excess ethanol and potassium dichromate(vi) dissolved in dilute sulfuric

collecting flask cool and so acid
prevents evaporation of the

ethanal. Conditions: a temperature of 60°C; collect the ethanal as it distils off.

Observation: the orange colour of potassium dichromate(vi) changes to green
because chromium(i1) ions are formed

Ethanal can be purified by re-distilling it, using a water bath as a source of heat and
collecting the fraction that boils in the range 20-23°C

Ketones

Ketones are prepared by the oxidation of secondary alcohols. If acidified potassium
dichromate(vi) is used as the oxidising agent, the ketone is not further oxidised.

Propanone can be prepared as follows:

» Place propan-2-ol and a solution of potassium dichromate(vr) in dilute sulfuric
acid in a round-bottomed flask.
» Fit a reflux condenser,

8 carbonyl compounds (Topic 17)



o Heat, using an electric heater, so that the mixture boils for about 15 minutes. _f‘
e Remove the reflux condenser and set up the apparatus for distillation, Distil off the Jatar out
propanone (boiling point 56°C) from any unreacted propan-2-ol (boiling point 82°C).

The preparation of propanone (Figure 8.10) is represented by the equation:
CH;CH(OH)CH; + [O] — CH3;COCH; + H,O

Reagents: propan-2-ol and excess potassium dichromate(vi) dissolved in dilute Water in
sulfuric acid -

Conditions: heat under reflux for about 15 minutes, and then distil off the propanone Round-

bottomed

Observation: the orange colour of potassium dichromate(vi) changes to green
because chromium ) lons are formed

Aromatic ketones

Ketones that have abenzene ringattached to the carbonyl group, such as phenylethanone,
C H;COCH,, can be prepared using the Friedel-Cralts reaction (p. 239)

 Heat under reflux
Figure 8,10 Laboratory

|l Reactions of aldehydes and ketones preparation of propanone

# Both aldehydes and ketones undergo nucleophilic addition reactions because

of the polar nature of the C=0 bond. —

e Aldehydes and ketones both undergo addition/elimination reactions. Tip

¢ Aldehydes can be oxidised to carboxylic acids. Therefore, aldehydes are reducing Rememberthet sthanol
agents, S - - and secondary 2-ols also

e Ethanal and methyl ketones react with iodine in alkali to form a precipitate of oy tha fadatoros raskion:
iodoform, CHI,. This is called the lodoform reaction.

Nucleophilic addition reactions

Alkenes and carbonyl compounds contain n-bonds. However, C=C is non-polar
whereas C=0 is polar, The electron cloud above and below the g-bond in the C=C
group is an area of negative charge that is attacked by electrophiles.

The electron cloud in the C=0 group is distorted, with the carbon atom being &+.
This 6+ carbon can be attacked by nucleophiles.

The —CHj4 group is electron releasing, so the carbon in ethanal, CHyCHO, is less
0+ than the carbon of the C=0O group in methanal (which has no —CH, group). The

carbonyl carbon in propanone is even less 6+ than that in ethanal, The reactivity in
nucleophilic addition is: HCHO > CH,CHO > CH4,COCH,.

Reduction
Aldehydes and ketones can be reduced by lithium tetrahydridoaluminate(i),
LiAlH,.

This compound contains AlH,™ ions, which act as a source of H™. The reaction
takes place in two distinct steps:

» The first step is the addition of H™ to the &6+ carbon atom. In this step the reagents
must be kept dry. It is carried out in ether solution,

¢ The second step is the addition of an aqueous solution of an acid, which protonates
the O~ formed in the first step.

—

Reactlons of aldehydes and ketones | "%
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Sodlum tetrahydridoborate(m),
NaBH4, In aqueous solution
also reduces polar C=0
bonds.

PRARRNR PPN RN E RN TN AR
Hydrogen cyanide |s a very
weak acld and produces few
CN- lons,

The result is that the carbonyl compound is reduced to an alcohol. For example,
ethanal is reduced to ethanol:

CH;CHO + 2[H] — CH;CH,0OH
ethanal ethanol

When aldehydes are reduced, primary alcohols are formed.

Reduction of Ketones takes place by a similar two-step reaction. The equation for
the reduction of propanone is:
CH;COCH; + 2[H] — CH;CH(OH)CH,
propanone propan-2-ol

When ketones are reduced, secondary alcohols are formed.
LiAlH, 18 a reducing agent that reacts specifically with polar n-bonds. Thus, it

reduces C=0 group in aldehydes, ketones, acids and acid derivatives, and C=N in
nitriles, but does not reduce the n-bond in C=C groups, which are non-polar.

Both C=C and C=0 groups can be reduced by hydrogen and a platinum catalyst,
To summarise:

o Aldehydes and ketones are reduced to alcohols by:
— LiAlH, in dry ether
- Hy/Pt

® Alkenes are only reduced by H,/Pt.

__ .,
Test yourself

3 Write the formula of the organic product of the reaction of CH;=CHCH,CHO
with:

a) lithium tetrahydridoaluminate(u) in dry ether followed by the addition of
dilute acid

b) hydrogen gas with a platinum catalyst

Reaction with hydrogen cyanide
The reaction between ethanal and hydrogen cyanide takes place at about pH 6 to 8,
This pH provides enough of the catalyst, which is the cyanide ion, CN™,

CH;;CHO + HCN — CH3;CH(OH)CN
The product is 2-hydroxypropanenitrile.

Hydrogen cyanide, HCN, is a very weak acid and produces few CN~ ions in
solution. The necessary conditions are such that there must be a significant amount

of both CN™ 1ons and HCIN molecules.

Reagent: excess potassium cyanide + some dilute sulfuric acid:
KfCN™ + Ht & HCN + K*

or hydrogen cyanide + some sodium hydroxide:
HCN + OH~ = :CN~ + H,0

or hydrogen cyanide (HCN) + some potassium cyanide (K"CN")

@ 8 Carbonyl compounds (Toplc 17)
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Worked example

Calculate the ratio of CN- ions to HCN molecules in a HCN/CN- buffer solution
of pH = 8, given that K, of hydrogen cyanide = 5 x 107*° moldm™3,

Answer
HCN=H'+CN

K, =[H'][CN}J[HCN]
[CN"V[HCN] =K, /[H']=5 x 10719/1.0 = 108 =5 x 102 or 1:20

The mechanism of this reaction is shown in Figure 8,11,

The lone pair of electrons on the carbon atom of the CN™ ion forms a bond with
the O+ carbon atom — as shown by the red curly arrow. At the same time, the
n-electrons in the C=0 group move to the oxygen atom — as shown by the blue

curly arrow.,

The anion formed in the first step removes a proton from a HCN molecule to form the
organic product and another CN™ ion (Figure 8.12),

HAC HyC o- &% N

TN = M “’c\ /‘3 D “3‘:\ c/DH
/C'T'Q | ./C — + CN-
H SCN- H \C“ H/ \cu H/ \CN

Figure 8.11 Figure 8.12

The O~ group in the intermediate donates a lone pair of electrons to the hydrogen
in an HCN molecule (red arrow) as the g-bond between the H and the CN breaks
(blue arrow). This regenerates CIN™ 1ons, which catalyse the reaction.

The conditions for this reaction are very important. If the pH is too low, there are
not enough CN™ ions for the first step to take place; if the pH is too high there are
not enough HCN molecules for the second step.

The same type of reaction with the same mechanism occurs with ketones, but at a
slower rate — for example, with propanone (Figure 8.13),

CN

Hsc CR! B dpaaannanddatsdsidpanantas
N | The mechanism of the

reaction of aldehydes
and ketones with Iithium

H aluminium hydride Is aimost
addition of HCN. Step 1
: o requires curly arrows from
The product is 2-hydroxy-2-methylpropanenitrile. mﬂ H- lon ofyma AlH - to

Stereochemistry of addition the carbon of the C=0 group
and from the r-bond to the

When h_}fdrcgen F}ran.ide adds qn.to an aldehyde or to an asymmeyric ketone, the oxygen atom. Step 2 requires
product is a racemic mixture. This is because the carbonyl compound is planararound g cyry arrow from the 0-
the >C=0 group and, therefore, the cyanide ion can attack from the left or from the  group to the H+ of the acld,

('

b HON e HiyC e o

O
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Figure 8,14 Stereochemistry of
addition to carbonyl compounds

right of the planar centre. Thus, the addition of hydrogen cyanide to ethanal

gives the racemic mixture of both enantiomers of 2-hydroxypropanenitrile
(Figure 8.14).

There i3 often confusion when explaining the stereochemical outcomes
of nucleophilic addition to asymmetric carbonyl compounds and Syl
substitution to halogenoalkanes, With carbonyl addition, a common error in
the explanation of a racemic mixture is to say that the intermediate is planar
and can be attacked from either side. This is not true, as the intermediate 1s

CHs tetrahedral. It is the starting aldehyde or ketone that is planar at the reaction

site and so can be attacked (by the cyanide ion) from above or below the
plane. With Sp1 substitution it is the intermediate carbocation that is planar

C
‘/J ‘\H and so can be attacked from the top or bottom.
C

—-_ - ———

Test yourself

4 Explain why the product of the addition of hydrogen cyanide to
propanone gives a product that has no effect on the plane of

polarisation of plane-polarised monochromatic light.

Uses of nitriles in synthesis

Hydroxynitriles produced in this way can be hydrolysed to hydroxycarboxylic acids,
for example:

CH;CH(OH)CN + 2H,0 + H* — CH,CHOH)COOH + NH,*

The reaction mixture is heated under reflux. The product is the racemic mixture
of the two enantiomers of 2-hydroxypropanoic acid, which is also called lactic acid.
Hydroxynitriles can also be reduced to hydroxyamines, for example:

CH;CH(OH)CN + 4[H] — CH,CH(OH)CH,;NH,;
Suitable reducing agents for this reaction are:

¢ lithium tetrahydridoaluminate (i) (lithium aluminium hydride), LiAIH,, in dry
ether solution

» sodium tetrahydridoborate(I1l), NaBH,, in aqueous solution

e hydrogen gas with a platinum catalyst

¢ sodium in ethanol

Addition—elimination reactions
Both aldehydes and ketones react with compounds containing an H,N=— group.

The lone pair of electrons on the nitrogen atom acts as a nucleophile and forms a
bond with the 6+ carbon atom in the C=0O group. However, instead of an H* ion

adding on to the O~ formed, the substance loses a water molecule and a C=N bond
is formed. The general equation is:

>C=0 + H,N-X — >C=N-X + H,0O

Since the nitrogen atom has a lone pair of electrons, the bond angles around the
nitrogen in the product are 120° This means that in this type of reaction aldehydes
(other than methanal) and asymmetric ketones produce a mixture of two geometric
isomers (Figure 8.15),

@ 8 Carbonyl compounds (Toplc 17)



Figure 8.15

One compound that reacts in this way is 2 4-dinitrophenylhydrazine (Figure 8.16).

O,N

PR Y— NO,

Figure 8.16

The equation for the reaction between propanone and 2,4-dinitrophenylhydrazine
18 shown in Figure 8.17.

O,N

HsC
C==04 Hy N—NI NO,
i |
O,N
HyC
\c=u-—w f NO, + Hy0

w

Figure 8.17

The importance of the reaction of carbonyl compounds with 2 4-dinitrophenylhydrazine “"A'solution of 5.’:3-&!.1?%3!;5!‘1}::
ig that the product is insoluble. Therefore, this reaction can be used as a test for the  Nydrazine Is called Brady's
presence of a carbonyl group. ey i

Test for a carbonyl group
Add a solution of 2 4-dinitrophenylhydrazine (Brady’s reagent) to the suspected
carbonyl compound:

e Simple aliphatic aldehydes and ketones give yellow precipitates,
¢ Aromatic aldehydes (e.g. benzaldehyde, C;H;CHO) and ketones (e.g. phenylethan-
one, CgH;COCH,) give orange precipitates.

The identity of the carbonyl compound can be found by the following method:

e React the carbonyl compound with a solution of 2 4-dinitrophenylhydrazine.
» Filter off the precipitate.
o Recrystallise (p. 284) the precipitate using the minimum amount of hot ethanol.

Reactlons of aldehydes and ketones



The reaction with Fehling's
solution does not work with

aldehydes of large molecular
mass because they are too
Insoluble In water,
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Aldehydes wlll not reduce

copper(u) or sliver lons,
uniess the lons are

complexed.

¢ Dry the purified product and measure its melting temperature,

o Refer to a data book and compare this melting temperature with those of
2. 4-dinitrophenylhydrazine derivatives of aldehydes and ketones. This enables
the identity of the carbonyl compound to be established.

Oxidation of aldehydes

Aldehydes (but not ketones) are readily oxidised. If the reaction is carried out in acid
solution the product is a carboxylic acid:

RCHO + [0] = RCOOH

If the reaction is carried out in alkaline solution (Fehling's solution or Tollens’
reagent), the product is the carboxylate anion:

RCHO + [O] + OH™ — RCOO™ + H;0
There are a number of suitable oxidising agents:

e Fehling’s solution (a mixture of copper(m) sulfate and sodium potassium tartrate

in alkali) is reduced from a deep-blue solution to a red precipitate of copper(1)
oxide, Cu;O, when warmed with an aldehyde. (Benedict’s solution is a similar
mixture and also produces a red precipitate of copper(1) oxide when warmed with
an aldehyde.)

e Tollens’ reagent (a solution made by adding a few drops of sodium hydroxide to
silver nitrate solution and then dissolving the precipitate in dilute ammonia) is

reduced to give a silver mirror on warming with an aldehyde.
& Orange potassium dichromate(v1) in acidic solution is reduced to green Cr{111) on

heating with an aldehyde.

o Potassium manganate(vit) oxidises aldehydes in acidic, neutral or alkaline solution.
In acidic solution, the purple manganate(vir) is reduced to give colourless Mn?*.
In neutral or alkaline solution, it is reduced to a brown precipitate of MnO,,

o}
Test yourself
5 Give the formula of the organic products of the reaction between propanal and:
a) 2,4-dinitrophenylhydrazine solution
b) potassium dichromate(vi) in dilute sulfuric acid

Test to distinguish an aldehyde from a ketone
An aldehyde can be distinguished from a ketone by the production of:

e ared precipitate (of CuyO) on warming with Fehling’s or Benedict’s solution
¢ asilver mirror on warming with Tollens' reagent

In both reactions, the aldehyde is oxidised to the salt of a carboxylic acid — for
example, with ethanal:

CH3;CHO + [O] + OH™ — CH,COO~ + H,;0
ethanal ethanoate ion

Ketones do not undergo these reactions. Therefore, if these tests are carried out on
a ketone, Fehling’s or Benedict's solution remains blue and Tollens’ reagent remains
colourless.
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lodoform reaction

Ethanal and methyl ketones undergo the iodoform reaction with iodine in alkali,
a complicated process in which the hydrogen atoms of the CH,C=0O group are
replaced by iodine atoms, The alkali present in the reaction mixture then causes the
C~C bond to break and a pale yellow precipitate of iodoform (trilodomethane),

(CHI,, is formed. lodoform also has a noticeable disinfectant smell. In large doses it
1§ toxic,

The overall equation is:
CH;COR + 31; + 4NaOH — CHI3y + RCOONa + 3Nal + 3H,0

where R is a hydrogen atom (ethanal) or an organic group such as =CHjy, —C,H;g
or —=CgH;s in ketones.

The sequence of reactions is as follows:

e Sodium hydroxide solution is added to iodine solution to form iodate(r) ions
(107):

I, + 20H" =10~ + I" + H,O

e These substitute into the —CHj group next to the C=0 group, forming a
Cl,C=0 group. The electron-withdrawing effect of the three halogen atoms
and the oxygen atom weaken the g-bond between the two carbon atoms and this
breaks, forming iodoform:

10™(aq) OH~(aq)
CH;COR ——— CI[L,COR ——— CHIy + RCOO™

This reaction also takes placed with ethanol and secondary methyl alcohols. They
are first oxidised by the iodate(1) ions to ethanal and methyl ketones respectively
under the conditions of the reaction. For example, with propan-2-ol:

CH,CH(OH)CH, + [0] = CH,COCH, + H,0

Then as above,

To carry out the iodoform reaction, the organic substance is gently warmed with
either a mixture of iodine and sodium hydroxide solution or with a solution of
potassium iodide in sodium chlorate(r).

Test yourself
6 State the type of reaction between ethanal and Fehling's solution.

Summary

Test for a carbonyl group: add a few drops of the organic compound to a solution
of 2,4-dinitrophenylhydrazine. A yellow or orange precipitate indicates the presence
of a carbonyl group.

Reactlons of aldehydes and ketones | "'/
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Adolf Hitler's mother died of

lodoform polsoning from her
treatment for breast cancer,

A
Tip
The iodoform reaction
is & test for carbonyl
compounds containing
the CH;C=0 group and for
alcohols containing the
CH3CH(OH) group.




Reactions of aldehydes: Figure 8.18 summarises the reactions of aldehydes.

—— 4 HCN (pH = 8)

+ [H]

+ Z,4-dinitrophenyl-
e hydrazine

& KzCrz0x/H*

— « Fehling’s or Tollens’

HEEEN

e 4. |3/NaOH
Figure 8.18

RCHIOH)CN

RCHzOH

yellow/orange precipitate

RCOOH

RCOO~

CHly + HCOO™ (with ethanal only)

Reactions of ketones: Figure 8.19 summarises the reactions of ketones,

—— 4+ HCN (pH=8)

|

— 4 [ %
RCOR' ——d— *+ 2/4-dinitrophenyl-
hydrazine -

e & K2C 1207/ H*

—_—
— 4+ Fehling’s or Tollens' ——
]

e 4 [2/NaOH
Figure 8.19

RC(OH)R)CN

RCH(OH)R'

yellow/orange precipitate

no reaction

no reaction

CHly + RCOD~ (if R = CH3)

Tests to distinguish between an aldehyde and a kKetone: warm the substance with:

» Fehling's or Benedict's solution — aldehydes give a red precipitate; ketones do not
alter the blue colour of the Fehling's solution
@ Tollens’ reagent — aldehydes give a silver mirror; ketones do not

Iodoform test: if a pale yellow precipitate is obtained when a substance is gently

warmed with a solution of iodine and sodium hvydroxide, the substance contains
either a CH,CH(OH) or CH,CO group.

o Ifthe substance is an aldehyde, it can only be ethanal.
e If the substance is a primary alcohol it can only be ethanol.
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Summary tasks

Make sure that you understand:

e the difference in structure between aldehydes and ketones
o that both have a 6— O atom and hence are water-soluble due to hydrogen bonding

that they are planar around the C=0 group

Check that you can describe and write equations for:

the preparation of aldehydes from primary alcohols and ketones from secondary

alcohols (and are able to draw the relevant diagram)

the reactions of aldehydes and ketones with hydrogen cvyanide and
2 4-dintrophenylhydrazine and with reducing agents (LiAIH, or Hy/Pt)

the mechanism of nucleophilic addition with HCN and its stereochemical implications
the reactions of aldehydes with Fehling's, Tollens’ and oxidising agents (H*/

Cr, 02" and MnOy")

the tests for carbonyl compounds and those to distinguish between aldehydes and

ketones

the iodoform reaction with ethanal and asymmetric methyl ketones, and with

alcohols containing the CHyCH(OH) group

l Questions

1

What iz the difference in structure between an
aldehyde and a ketone?

When propanal is prepared from propan-i-ol, the
mixture is kept at a temperature between the boiling
temperatures of propanal and propan-1-ol. Explain
why this is necessary.

Explain why ethanal ig soluble in water but pentanal
is almost insoluble,

a) Write the equation for the reaction between
hydrogen cyanide and propanone,

bl Explain why this reaction does not take place
unless a trace of alkali is added.

Write the mechanism for the reaction of propanone
with lithium aluminium hydride in dry ether,
followed by addition of acid.

Explain why the product of the addition of hydrogen
cyanide to butanone gives a product that has no

effect on the plane of polarisation of plane-polarised
monochromatic light,

Give the formula of the organic products of the
reaction, if any, between propanal and each of the

following;:
a) Fehling's solution

b) Tollens’ reagent

c)a mixture of iodine and aqueous sodium
hydroxide

In each case, state the observations that would be
made,

5 Give details of how you would prepare a sample of
butanone (Figure 8,20, boiling temperature 80°C)
from butan-2-ol (CHyCH(OH)CH,CH,, boiling
temperature 100°C), Include in your answer a
diagram of the apparatus that you would use.

C
|
0

Figure 8.20 Butanone

HsC

CHy— CHy

9 a) Define the terms ‘mucleophile’ and ‘oxidation’.

b) State the type of reaction between ethanal and
each of the following:

1) hydrogen cyanide
i) Fehling's solution
i) 2,4-dintrophenylhydrazine

10 Describe how you would identify the
compound that gave an orange precipitate with
2 4-dintrophenylhydrazine and no silver mirror

with Tollens’ reagent.
Questions @




Exam practice questions

1 a) 4.80g of a compound X was burnt in excess
oxygen and produced 11.4g of carbon
dioxide and 5.84 g of water. Show that this
is consistent with compound X having a
molecular formula CyH,,O. (3)

b) When some compound X was heated
with a solution of potassium dichromate in
sulfuric acid it formed a product,Y, which
was distilled off as it formed.

The compoundY gave a yellow precipitate
with 2,4-dinitrophenylhydrazine. WhenY
was warmed with Fehling’s solution, the
Fehling’s solution remained blue.
1) Give the structural formulae of X and
Y. Justify your answers, (4)
ii) There are two isomers that could be X.
Draw them both, showing clearly how
they differ. (1)
¢) A different compound, Z, also has the
molecular formula C,H O, When oxidised
in the same way as X, it produced a product
that also gave a yellow precipitate with
2 4-dinitrophenylhydrazine, but which
reacted with warm Fehling’s solution,
producing a red precipitate.

Deduce, showing your reasoning, two possible

2 Propanal reacts with hydrogen cyanide in a
nucleophilic addition reaction.
a) Which of the following is not a
nucleophile? (1)
A NH, C HOt
B H;O D CI”
b) Draw the mechanism for this reaction.  (3)
¢) State the conditions necessary and explain,
in terms of the mechanism, why these
conditions are necessary. (3
d) What kind of isomerism does the product
of this reaction show? (1
(Total 8 marks)

3 a) Substance QQ has a molecular

formula of CgH O, It reacts with
2, 4-dinitrophenylhydrazine to give a yellow
precipitate, but does not react with Fehling’s
solution or with iodine in alkali, What does
each of these tests tell us about the structure
of Q7 Hence write its structural formula. (3)

b) Q has an isomer, R, that forms a yellow
precipitate with 2,4-dinitrophenylhydrazine.
R also reacts with iodine in alkali to give a
pale yellow precipitate.
i) Draw the fwo structural formulae that

could be substance . (2)
il) Write the equation for the reaction of
2, 4-dinitrophenylhydrazine with either
one of the two isomers of I that you
have drawn in (i). (2)
Compound 1 : /\//— OH iii) Suggest why the product you have
drawn in (ii) is a mixture of two
Compound 2 ; lsomers. (2)
¢) Q has another isomer, S, which also reacts
with 2,4-dinitrophenylhydrazine and forms
a red-brown precipitate when warmed with
Fehling's solution,
i)  Write the formula of the red-brown
precipitate. (1)
il) Give the structural formulae of three
isomers that could be compound S. (3)
(Total 13 marks)

structural formulae for Z and name them. (5)
d) Which of the compounds shown in Figure

8.21 will give a pale yellow precipitate when

gently warmed with iodine in alkali? (1)

Compound 3 :

Compound 4 :

Figure 8.21

A Compounds 1 and 2 only
B Compounds 1 and 4 only
C Compounds 2 and 3 only
D Compounds 3 and 4 only
(Total 14 marks)
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Carboxylic acids and their derivatives contain the group shown in Figure 9.1,

/D

E—

LN

X
Figure 9.1

The nature of X varies as shown in Table 9.1,

Table 9.1 Carboxylic acids and their derivatives

e of compouna | stictur ot

Name — [romun

Carboxyllc acid 0-H Ethanolc acld CH3CO0H
Estar 0-R* Ethyl ethanoate CH3CO0C;Hg
Acyl chioride cl Ethanoyl chioride CH5COCI
Amide NHz Ethanamide CH3CONHz

* R stands for an alkyl group (@.g. CHa, C;Hg) or a benzene ring

The reactivity of the C=0 group is considerably modified by the presence of the
X group, so much so that, unlike aldehydes and ketones, carboxylic acids and their
derivatives do not react with 2,4-dinitrophenylhydrazine,

The C=0 group is polarised with the less electronegative carbon atom 8+ and the
more electronegative oxygen atom 8-,

The mechanism for many of the reactions is for a nucleophile to attack the 8+ carbon
atom. This is then followed by the loss of the X group as an X ion (Figure 9.2).

R\?Zgo —_— R\CQO- —_— I:‘\C=i'.'i + X
Nuc:_)\)( N{ \f;’ Nﬁ

Figure 9.2

This type of reaction is called an addition—elimination reaction. The ease of
reaction depends on:

# the strength of the C=X bond. The weakest of these bonds is the C—=CI bond, so
acid chlorides are the most susceptible to nucleophilic attack.,

e the stability of the leaving group, X°. The NH;™ ion is too strong a base to be
produced in aqueous solutions, This means that amides do not undergo addition—
elimination reactions.
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Carboxylic acids and their derivatives
In nature

Carboxylic acids are found in a number of fruits and vegetables:

e Citric acid, HOOCCH ,C(OH)(COOH)CH,COOH, is a tribasic acid. Figure 9.3
shows its skeletal formula.

Figure 9.3

[t is present in citrus fruits, particularly lemons and limes. It is an antioxidant and
1s used in the food industry as an additive to give flavour and, mixed with citrate,
as a buffer. Its E number 1s E330. In the form of citrate, it 1s an intermediate in the
Krebs cycle in cells and is, therefore, involved in the metabolisin of fats, proteins
and carbohydrates.

e Malic acid, HOOCCH,CH(OH)COOH, is present in apples (Latin malum) and
grapes and gives them their sharp taste. Its systematic name is 2-hydroxybutane-
dioic acid,

e Ethanedioic acid (old name oxalic acid), HOOCCOOH, is found in rhubarb
leaves,

Esters are also common in nature, Fats and vegetable oils are esters of propane-
1,2,3-triol (glycerol), CH,OHCH(OH)CH,OH, and a variety of organic acids:

e Cows milk containg an ester of the acids 2-hydroxypropanoic (lactic) acid,
CHyCHOH)COOH, and butanoic acid, CHyCH,;CH,COOH; goats’ milk
contains an ester of octanoic (caproic) acid, CH3(CH,)sCOOH. The word
‘caproic’ comes from the Latin caper for goat, as does the Zodiac sign Capricorn.
Solid animal fats are esters of acids, for example stearic acid, C;H,,COOH,
which 18 saturated.

» Vegetable and fish oils are esters containing unsaturated carboxylic acids such
as CsH,,COOH, CH,CH,CH=CHCH,CH=CHCH,CH=CH(CH;);COOH,
which is an omega-3 acid. It is called omega-3 because the first double bond starts
at the third carbon from the end furthest from the —COOH group, omega being
the last letter in the Greek alphabet.

j Carboxylic acids

Carboxylic acids contain the group shown in Figure 9.4,

Figure 9.4

This 18 called the carboxyl group and consists of the carbonyl group, C=0, and
the hydroxyl group, OH.
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The names of some of the members of this homologous series, together with their
melting and boiling temperatures, are given in Table 9.2,

Table 9.2 Carboxylic acids

Formuia Name Meltlng ﬂnlllng
temporature/‘*t: tamporaturo/"c mmmu--g

HCOOH Methanolc acld 1.78 x 104
CH3COOH Ethanolc acld 17 118 1.76 x 108
CH3CH,CO0OH Propanolc acld  -21 141 1.39 x 105
CHaCH,CH,COOH  Butanolc acld -7 164 1.51 x 10-8
CH3CH(CH3)COOH :ﬂc?;hylpmpinoh -47 154 1.41 x 1075

Methanoic acid is also called formic acid, because it is present in ant stings
(Latin formix ant). Ethanoic acid is also called acetic acid, as it is the acid in vinegar
(Latin acetum vinegar).

The boiling temperatures of carboxylic acids are higher than equivalent carbonyl

compounds because there is considerable hydrogen bonding between molecules,
With methanoic and ethanoic acids pairs of acid molecules (dimers) are formed

(Figure 9.5),

(= II!H_O

y

o—a—a----/

Figure 9.5

—R

R—

This occurs to a lesser extent with acids that have more carbon atoms, as the hydrogen
bonding is inhibited by the zigzag chaing of carbon atoms,

When the acid is boiled, hydrogen bonds and London forces are broken and so
the boiling temperatures of the acids have the pattern that is expected from the
increasing number of electrons: methanoic, 24 electrons; ethanoic, 32 electrons;
propanoic, 40 electrons and so on.

Methylpropanoic acid has fewer points of contact between adjacent molecules
than does the straight-chain butanoic acid, so the London (temporary induced
dipole-~induced dipole) forces are weaker. This means that its melting and boiling
temperatures are lower than those of butanoic acid. This is as expected with a
branched-chain compound and its straight-chain isomer.,

Names of carboxylic acids

The names of carboxylic acids are derived from the number of carbon atoms in the
chain, including the carbon atom of the =COOH group. This carbon atom is regarded
as the first carbon atom. Therefore, CICH;CH,COOH 1s called 3-chloropropanoic
acid and CHy;CH(OH)COOH is called 2-hydroxypropanoic acid.

Tip

Never write the formula
of butanoic acid as
C3H;COOH because this
could also represent its
isomer, methylpropanoic
acid,

AhRdebhdbb bbbl AR R

The old name for

2-hydroxypropanolc acld
Is lactic acld, which Is still
used In blochemlstry.
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Worked example

Name the compound that has the formula CH3CHCICH(CH3)CH=CHCOOH.

Answer
The carbon chain is six carbon atoms long (hex-). There is:

» a double bond on carbon number 2
+ a -CHg group on carbon number 4
¢ a chlorine atom on carbon number 5

Its name is 5-chloro-4-methylhex-2-enoic acid.

Some organic acids have two —COOH groups. Examples are:

¢ HOOCCOOH (sometimes written H,C,0y), which is ethanedioic acid
e HOOCCH=CHCOOH, which exists as two geometric isomers —
cis-butenedioic acid and trans-butenedioic acid

- - e
Test yourself
1 Name the following compounds:

a) (CHs),C(OH)COOH b) CHsCHCICOCI ¢) C,HsCOOCH(CHs),

Aromatic acids contain a benzene ring. The formula of benzenecarboxylic acid
(benzoic acid) is shown in Figure 9.6,

Figure 9.7 shows the formula of benzene-1.4-dicarboxylic acid (terephthalic acid).

0 3 0
N 7
HO/ \cm
Figure 9.6 Figure 9.7

Physical properties
The acids in the homologous series C H, . COOH are liquids up ton = 9,

e All carboxylic acids have strong smells. Vinegar is a dilute solution of ethanoic
\0"' acid, The smell of rancid butter comes from butanoic acid formed by the
| action of bacteria on butter fat.
Hﬁ* » Hydrogen bonding with water molecules enables those carboxvylic acids
: H with only a few carbon atoms to dissolve in water (Figure 9.8). Methanoic
7 S o acid and ethanoic acid mix with water in all proportions. The solubility
&, / in water decreases as the hydrocarbon chain lengthens. This is because the
r g/ chain is hydrophobic. Conversely, solubility in lipids increases as the chain
lengthens,
j e Benzoic acid, CgH;COOH, is a solid that melts at 122°C, It is sparingly
H soluble in cold water and soluble in hot water. This makes water a suitable
Figure 9.8 solvent for purifying benzoic acid by recrystallisation (p. 284),
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Preparation
Carboxylic acids can be prepared by:

e the oxidation of a primary alcohol. When heated under reflux with acidified
potassium dichromate(vi), the primary alcohol is oxidised to a carboxylic acid,
For example, propan-1-ol is oxidised to propanoic acid:

CH3CH,CHL0H + 2[0] = CHyCH,COOH + H,O

e the oxidation of an aldehyde. Aldehydes are oxidised to carboxylic acids by the
same reagent and under the same conditions as primary alcohols, for example:

CH,CHO + [O] = CH;COOH

@ the hydrolysis of an ester (p. 222)

e the hydrolysis of a nitrile. Nitriles are compounds that contain the C=N group.
When heated under reflux with dilute acid, a nitrile 1s hydrolysed to a carboxylic
acid and an ammonium salt, for example:

CH;CN + H* + 2H,0 — CH;COOH + NHy*

If heated under reflux with aqueous alkali, the salt of the carboxylic acid is formed.

Subsequent addition of a strong acid, such as dilute sulfuric acid, protonates the
carboxylate ion and the carboxylic acid is formed:

CH;CN + OH™ + H;0 — CH,COO™ + NH;
then;
CH,COO~™ + Ht — CH,COOH

Hydroxynitriles (p. 202) are hydrolysed to hydroxyacids in a similar way, for
example:

CH;CH(OH)CN + H* + 2H,0 — CH,;CH(OH)COOH + NH,"
2-hydroxypropanenitrile — 2-hydroxypropanoic acid (lactic acid)

¢ the iodoform reaction of a methyl ketone or a secondary alcohol (p. 207). On

addition of a solution of iodine in aqueous sodium hydroxide to a methyl ketone
(such as butanone, CH,CH;COCH,), the salt of the acid with one fewer carbon

atoms (propanoic acid, CH3CH,COOH) 1s produced. The free carboxylic acid is
formed by adding excess strong acid to the mixture.

CH,CH,COCH,; + 3I; + 4OH™ — CH,;CH,COO~ + CHI; + 31" + 3H,0
then
CH,CH,COO™ + H* — CH,CH,COOH

Butan-2-ol, CH;CH,;CH(OH)CHj;, would also produce propanoic acid in this
reaction.

Chemical reactions

The reactions of carboxylic acids are illustrated using ethanoic acid as the example.

As an acid
Carboxylic acids are weak acids (p. 29).

I
Tip
Vinegar is a 3% solution
of ethanoic acid. It is
produced from ethanol,

which is made by the
fermentation of grains and

sugars, Ethanol is then
oxidised by the oxygen
in the air in a reaction
catalysed by enzymes in
specific bacteria.

" The carboxylic acid has to
be distilled off from the
reaction mixture,

Carboxylic aclds | “1°
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This delocallsation of charge
stabllises the conjugate
base, RCO,", With respect to
the acid.

.l
Tip
The symbol [H] is used in

organic reactions involving
a reducing agent such as

LiAIH,, because the full
equation is too complex.
However, the equation
must still balance, which is
why 4[H] is written in this
equation.

Reaction with water
Carboxylic acids react reversibly with water:

CH;COOH + H,O & CH,COO™ + H,0O"
Aqueous solutions of ethanoic acid have pH = 3,

The —OH group in carboxylic acids is more acidic than the —OH group in alcohols,
There are two reasons for this, First, the C=0 group pulls electrons away from the
~OH group, making the hydrogen atom more 8+ and therefore easier to remove
as an HY ion.

Second, the carboxvylate anion has the negative charge shared between two oxygen
atoms. The p,-orbital of the carbon atom (containing one electron), the p,-orbital
of the oxygen double-bonded to it (containing one electron), and the p,~orbital of
the other oxygen (containing its one electron and the one gained by the formation
of the O~ ion) all overlap (Figure 9.9).

o . .
,,'-G L<CJH*
R % i'.:",l i — R — \ + H*
« O Q*'
L) H
Figure 9.9

Reaction with bases
Carboxylic acids form salts with bases such as sodium hydroxide:

CH3;COOH + NaOH — CH;COONa + H,0

All carboxylic acids are weak acids (see Table 9.2 on p. 213 for their acid dissociation
constants). The concentration of a carboxylic acid can be found by titrating it with a

strong base, such as sodium hydroxide, using phenolphthalein as the indicator. The
amount (moles) of citric acid in lemon juice can be estimated in this way.

Reaction with carbonates and hydrogencarbonates

Carboxylic acids produce carbon dioxide with effervescence when added to a
carbonate:

2CH3CDDH(EQ} + Nﬂgco_g — 2CH3CDDNH(3Q) : 5 COz(g) -+ HQO(I)
Similarly, with hydrogencarbonate:
CH;COOH(aq) + NaHCO,(s) — CH,COONa(aq) + CO;(g) + HO(])

Reduction

Carboxylic acids are reduced by lithium tetrahydridoaluminate (i), LiAlHy, dissolved
in dry ether (ethoxyethane). The H™ ion in the AIH,™ is a powerful nucleophile. It
adds on to the 6+ carbon atom in the =COOH group. A series of reactions takes
place and the final product has to be hydrolysed by dilute acid. The carboxylic acid
1s reduced to a primary alcohol. The overall equation is:
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Carboxylic acids are not reduced by hydrogen gas in the presence of a catalyst of

nickel or platinum, unlike alkenesg, which are reduced to alkanes, T Te——
The H- lon In LIAIH4 attacks
&+ sites. Therefore, LIAIH,

wlill not reduce a C=C group
as It has a high electron

H,/Pt
CH,=CHCOOH R £l CH3;CH,COOH density.
S
Test yourself
2 |dentify the organic product obtained on reducing CHOCH=CHCH(OH)COOH
with:

a) lithium tetrahydridoaluminate(ur) in dry ether followed by dilute
hydrochloric acid

b) hydrogen gas and a platinum catalyst

CHy=CHCOOH ——AlH

» CH,=CHCH,OH

With phosphorus(v) chloride: formation of acyl chloride
Ethanoic acid can be converted to ethanoyl chloride by adding solid phosphorus
pentachloride to the dry acid:

CH3COOH + PClg — CHCOCI + POCI; + HCI

This is a similar reaction to that between PClg and an alcohol. In both reactions, the

=OH group is replaced by a chlorine atom and clouds of misty fumes of hydrogen
chloride are given off. The conversion can also be performed using thionyl chloride,
SOCI,:

RCOOH + SOCI; — RCOCI + SO, + HCI

The advantage of this reagent is that the inorganic products are gases, so only the
acyl chloride is left in the reaction flask.

Reaction with alcohols: esterification

Carboxylic acids do not react readily with nucleophiles. However, they do react with
alcohols in the presence of concentrated sulfuric acid (as a catalyst) in a reversible
reaction to form esters:

acid + alcohol + ester + water
For example:

H,50,(1
CH,COOH + C;HgsOH # CH;COOC;,;Hg + H;O

ethanoic acid  ethanol ethyl ethanoate

The catalyst acts by protonating the C=0 group of the ethanoic acid, which then
loses a water molecule:

CH3COOH + H,S0, — HSO,~ + CHLCHOH),

This is then attacked by the lone pair of electrons on the alcohol’s oxygen atom.
Finally water and H" ions are lost and the ester formed.

Carboxylic aclds



Tip

When carrying out this
experiment, care must

be taken not to get

any butanoic acid on
your hands. Its odour is
extremely unpleasant and
lasts for days. Therefore,
protective gloves must be
worn,

Methyl butanoate is prepared by the reaction of butanoic acid with methanol in the
presence of a few drops of concentrated sulfuric acid:

CH,;CH,CH,COOH + CH,OH &= CH,CH,CH,COOCH; + H,0

Methyl butanoate, an ester, smells of pineapples and is used to Aavour sweets, This
can be shown experimentally:

e Add a few drops of concentrated sulfuric acid to a mixture of butanoic acid and
methanol.

e Warm for several minutes in a water bath.

@ Pour the contents into a beaker of dilute sodium hydrogencarbonate golution.

@ The smell of pineapples can be noticed readily,

Test yourself

3 Write equations for the reactions of propanoic acid with:
a) aqueous sodium hydroxide b) methanol

Free radical substitution: formation of a halogenoacid

If chlorine is bubbled into a boiling carboxylic acid in the presence of sunlight or
ultraviolet (UV) light, a chlorine atom replaces one of the hydrogen atoms in the
alkyl chain:

CH;COOH + Cly — CH,;CICOOH + HCI

This is an example of free-radical substitution. It is similar to the reaction of methane
with chlorine in the presence of UV light.

If propanoic acid is used in place of ethanoic acid, the product is 2-chloropropanoic
acid, not 3-chloropropanoic acid:

CH;CH,;COOH + Cly; = CH;CHCICOOH + HCI
Summary
The chemical reactions of carboxylic acids are summarised in Figure 9,10,

4 Na2COs/NaHCOs/NaOH ——= CHsCOONa
L 4 CaHsOH canc. HaSOacatalyst -\ 000 H,

CH3COOH —f— 4 PCl - CHsCOCI
| sl O EOWIOMOE oo
L— . ¢l Wlight o cH,CICOOH

Figure 9.10
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B Acyl chlorides

These are also known as acid chlorides and have the functional group shown in o
Figure 9.11. Vi
"
Physical properties o
e Most acyl chlorides are volatile liquids at room temperature. Figure 9.11

e They are soluble in several organic solvents, but react with water,

The names, formulae and boiling temperatures of some acyl chlorides are given
in Table 9.3, Methanoyl chloride has never been isolated as it decomposes at room
temperature into carbon monoxide and hydrogen chloride,

Table 9.3 Some acyl chlorides

coing temperature "

Ethanoyl chloride CHaCOC! 51

Propanoyl chioride CH3CH,COC! 80

Butanoyl chloride CHaCHzCHzCOCI 102

Benzoyl chloride CgHsCOCI 197
Preparation

Acyl chlorides are prepared from carboxylic acids. The —OH group is replaced by a
chlorine atom. The reagents that can be used are phosphorus(v) chloride (phosphorus
pentachloride), phosphorus(rn) chloride or thionyl chloride, Starting from ethanoic
acid, the equations are:

CH,COOH + PCl; — CH,COCI + POCI, + HCI
3CH,;COOH + PCly — 3CH,COCI + HiPO,4
CH;COOH + SOCI, — CHLCOCI + SO, + HCI

The organic product is ethanoyl chloride,

Chemical reactions

In acid chlorides, the carbon atom of the C=0O group is very 8+ as the carbon atom

18 joined to two highly electronegative atoms; the C—Cl bond is not very strong
and CI™ 18 a good leaving group. Taken together, this makes the molecule very

susceptible to nucleophilic attack in addition—elimination reactions. The end result
15 a substitution in which the nucleophile replaces the chlorine atom,

Acid chlorides react much more quickly than carboxylic acids. The carbon in
carboxylic acids is less 6+ than the carbon in acid chlorides, the C-OH bond is
stronger than the C=Cl bond and OH™ is a less good leaving group than CI7,

Reaction with water

Ethanoyl chloride reacts vigorously with water, forming ethanoic acid and clouds of
hydrogen chloride gas:

CH;COCI + H;0 — CH;COOH + HCI

Acyl chiorides
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The alcohol must be dry,
or the acyl chloride will be

hydrolysed by the water.

The first step is the addition of water., The oxygen atom in water has a lone pair
of electrons. This makes it a nucleophile. The lone pair forms a bond with the §+
carbon atom in the C=0 group. Simultaneously, the n-bond breaks and the C=0
oxygen becomes O™ (Figure 9.12),

v 7
| 74 _
H g C e et s e |
H O'J\Ci Ay
4,08 _
H/ \H
Figure 9,12

This is followed by the loss of H and C1™ as gaseous HCI in the form of steamy
fumes (Figure 9.13),

B 0

H,C—clcg — H,C-—c// + HC|
OH
"
Z ¥
Figure 9.13

This rapid reaction with water means that when using ethanoyl chloride as a reactant,
all reagents and glassware must be dry.

Benzoyl chloride is less reactive than ethanoyl chloride and reacts only slowly with
water, Therefore, it can be used with reagents in aqueous solution.

Reaction with alcohols
Ethanoyl chloride reacts rapidly in a non-reversible reaction with alcohols. The
products are an ester and misty fumes of hydrogen chloride vapour:

CH,COCI + CH,OH — CH,COOCH, + HCI
ethanoyl chloride methanol methyl ethanoate

The mechanism of this reaction is analogous to that of the reaction with water.

As this s a non-reversible reaction with a good vyield, it 18 a more efficient method of
making an ester than reacting the alcohol with a carboxylic acid. The latter reaction
is reversible with a maximum possible yield of under 70%.

Reaction with concentrated ammonia
The nitrogen atom in ammonia has a lone pair of electrons, which is used in a
nucleophilic attack on the C=0 group. The product is an amide (p. 257), for example:

CH,COCl + NH;— CH;CONH,; + HCI
ethanoyl chloride ethanamide

With excess ammonia, the hydrogen chloride forms a white smoke of ammonium
chloride:

HCI + NH,y — NH,CI
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Reaction with amines

Amines also have a lone pair of electrons on the nitrogen atom. They react with
acyl chlorides in the same way as ammonia. The product is a substituted amide, for

examPIE: GAGAbAd bRk r B AR ABAh YR bR A S
_ The preflx N- Indicates that
CH,COCI + CH3;NH; = CH;CONHCH; + HCI the methyl group Is attached
ethanoyl chloride N-methylethanamide to a nitrogen atom,

Reaction with lithium tetrahydridoaluminate(m)

Acyl chlorides, like carboxylic acids and esters, are reduced by lithium
tetrahydridoaluminate(i) in dry ether solution to form a primary alcohol. For example:

CH;COCI + 4[H] = CH3CH,OH + HCI

Reaction with aromatic compounds
Ethanoyl chloride reacts with benzene and with phenol (pp. 240 and 245).

[ R R
Test yourself

4 Write equations for the reaction of propanoyl chloride with:
a) ammonia b) water ¢) 2-aminoethanol, NH;CH,CH,0H

Summary
Figure 9.14 summarises the chemical reactions of acid chlorides.

— + Ha0 ——e RCOOH + HCI
—— + ROH ———s RCOOR’ 4 HCJ
RCOC) ———— & NHy ~———= RCONH;z + HCI

—— & R'NH3 ——= RCONHR' + HCI

e 4 LiAIHg e RCH;0H 4 HCI

Figure 9.14
/ (8]
j Esters PR
Esters have the structural formula shown in Figure 9.15, \o—u*

The group R can be a hydrogen atom or an organic residue, such as =CH,, The  Figure 9.15
group R/ must be a residue of an alcohol with a carbon atom attached to the oxygen

of the ester linkage. ?l)‘ -

E‘.sters are narne.cl atter the alcohol residue, R/, followed by the name of the carboxylate Do not write the formula

Rreiy OO0 of an ester as ROCOR' as

s HCOOCH; is methyl methanoate, this is ambiguous. Is the

» CH;COOCH;CH;CHy is called 1-propyl ethanoate. P?Cl'ﬂ"t acid RCOOH or
R'COOH?

The prefix ‘1-" indicates the position of the ester linkage in the propyl chain, L

Esters @
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Confusingly, an ester Is
written with the acld resldue
first then the alcohol residue
but named with the alcohol
residue first.

Physical properties
Most esters are liquids at room temperature. The names and boiling points of the first
four members of the series of esters derived from ethanoic acid are shown in Table 9.4,

Table 9.4 Esters derived from ethanoic acid

Bolling temperature/C

Methyl ethanoate CH3COOCH;

Ethyl ethanoate CH3CO0CHg 77

1-propyl ethanoate CH3COOCH,CH5CHy 102

2-propy! ethanoate CH3COOCH(CH3)2 03
Solubility

Despite being polar molecules, all esters are insoluble in water. The reason for this
18 that they cannot form hydrogen bonds with water molecules because they do
not have any 8+ hydrogen atoms and the 86— oxygen atoms are sterically hindered,
preventing close approach by water molecules.

Preparation

Esters can be prepared by warming an alcohol and a carboxylic acid under reflux
with a few drops of concentrated sulfuric acid:

CaH;OH + CH;COOH &= CH,COOC;H; + H,0

A higher vield is obtained if the alcohol is reacted with an acyl chloride at room
temperature, because the reaction is not reversible and has a lower activation energy

and so 1s faster:
C;HsDH +* CH3COC1 — CH;CQDCgHs + HC]

Chemical reactions

Hydrolysis
Esters are hydrolysed when heated under reflux with either aqueous acid or aqueous
alkali:

s
CH,COOC,H, + H,0 = CH,COOH + C,H,OH

CH;COOC;Hg + NaOH — CH,COONa + C;H;OH

Note the difference between these two reactions. In the first, the acid is a catalyst
and the reaction is reversible. Therefore, the yield of acid and alcohol is low.

The hydrolysis with aqueous alkali is not reversible, so there is a good yield of

the salt of the carboxylic acid and the alcohol. If the organic acid is required, the
solution is cooled and excess dilute strong acid, such as hydrochloric or sulfuric,

15 added:
CH;COONa + HCIl — CH;COOH + NaCl
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Soaps are produced by the hydrolysis of natural esters such as vegetable oils and
animal fats. This is achieved by heating the fats/oils with aqueous sodium hydroxide.

H,COOR
EHCDOR:' + IOH" = EHDH + RCOO™ + R'COO™ + R"COO~
H,COOR” H,OH

The fatty acids in the ester are usually different, but many kinds of triglyceride are
known, The chain lengths of the fatty acids in naturally occurring triglycerides vary,

but most contain 16, 18, or 20 carbon atoms, Natural fatty acids found in plants and
animals are typically composed of only even numbers of carbon atoms, reflecting

the pathway for their biosynthesis from the two-carbon building-block acetyl CoA.

Transesterification
There are two types of transesterification reaction,

Reaction with another organic acid

The acid part of the ester is replaced by the acid reactant. The simplest example is
the reaction between ethyl ethanoate and methanoic acid in the presence of an acid
catalyst, The products are ethyl methanoate and ethanoic acid:

CH;COOC,Hs + HCOOH = HCOOC,Hs + CH,COOH

This type of reaction is used in the manufacture of low-fat margarine (p. 224) where
the incoming acid is saturated and the product acid is unsaturated,

Reaction with another alcohol

The alcohol part of the ester is replaced by the alcohol reactant, A simple example
is the reaction between ethyl ethanoate and methanol in the presence of an acid
catalyst, The products are methyl ethanoate and ethanol:

CH,COOC,H; + CH,0H & CH,COOCH; + C,H;OH

This type of reaction is used in the manufacture of biodiesel (p. 225) where
the reactant alcohol is methanol or ethanol and the product alcohol is propane-

1,2, 3-triol.

Natural esters

Animal fats and vegetable oils are examples of triglycerides. These are esters formed
from acids with long hydrocarbon chains (fatty acids) and the alcohol propane-

1,2, 3-triol (glycerol).

In both animal fats and vegetable oils, the three fatty acids that form the ester links
with propane-1,2,3-triol are usually different — some being fully saturated, some
monounsaturated and some polyunsaturated. One thing they have in common is
that they contain an even number of carbon atoms. Stearic acid, CjyHyCOOH, is
a saturated fatty acid present in animal fats; it is never found on the middle carbon
of the triglyceride.

The percentages of the three different kinds of fatty acid in a variety of fats and oils
are given in Table 9.5,

BbbAdadddblddw bbb AAaBALADEA

Tnis reactlon Is also called
saponification.

GAdbbddndd bbbl AABdddddwdrhbdad

This reaction Is also called
Interesterification.
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Table 9.5 Percentages of the different types of fatty acid present in some fats and oils

62 23 156

Soya oll

Rapeseed oll 32 58 10
Sunfiower oll 66 23 11
Olive oll 10 76 14
Butter 7 36 E7
Spreading margarine 20-40 40-60 16-20

Vegetable oils contain between 80% and 90% unsaturated fat, whereas butter
contains approximately 45% unsaturated fat, Saturated fats are harmful to health,
as they tend to cause high levels of "bad’ cholesterol in the bloodstream, which may
result in blockages to the arteries (atherosclerosis).

Spreading margarine
Vegetable oils can be converted into a semi-liquid form, which is put into tub¢ and
sold as spreading or low-fat margarine. This can be carried out by two methods.

Transesterification
A catalyst (either inorganic or an enzyme) is added with some stearic acid to the

vegatable oil, This takes the place of one of the unsaturated fatty acids. By a process
of controlled crystallisation, the harder (less unsaturated) triglycerides crystallise

first and are separated off. Stearic acid is used because it does not affect the low-
density lipoprotein (*bad cholesterol’) levels in the blood.

e Advantage: no trans fatty acids are produced.

o Disadvantage: some of the stearic acid goes onto the middle carbon position of
the triol. This is thought to be slightly harmful to health,

Partial hydrogenation

A controlled amount of hydrogen is added to the oil in the presence of a catalyst
(normally nickel). Some of the double bonds are saturated and a harder fat is produced.

o Advantage: there is no interference with the order of the fatty acids on the triol,
e Disadvantage: the C=C is weakened as it bonds to the active sites on the catalyst.
On desorption, some of the molecules rotate around the remaining weakened

double bonds and some trans 1somers are formed. These are believed to increase
cholesterol levels in the blood.

The altered oils, made by either method, are then mixed with untreated vegetable oils
and with lipid-soluble additives such as vitamins, colouring agents and emulsifiers.

This mixture is then blended with water-soluble additives such as milk whey, milk
proteins and salt. The result is a spreadable margarine.

Omega-3 and omega-6

Omega-3 oils have a carbon—carbon double bond between the third and fourth
carbon atoms, counting from the methyl end. If it is polyunsaturated, the other
double bonds are between the sixth and seventh, and ninth and tenth, carbon atoms
(confusingly counting from the other end from the TUPAC system).
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One such example is 0-linolenic acid, 9-Z,12-Z,15-Z-octadeca-9,12,15-trienoic acid,
Cy7H2,COOH or HOOC(CH,),CH=CHCH,CH=CHCH,CH=CHCH;CHa,.

Omega-3 acids are found in fish oils and, to a lesser extent, in some vegetable and
nut oils, Omega-6 acids have the first double bond between the sixth and seventh

carbon atoms from the methyl end, e.g linoleic acid, 9-Z,12-Z-octadeca-9,12-
dienoic acid. Both are believed to be good for health and can be found in many

dietary supplements (Figure 9.16).

HDJ\/\/\/\F\F\/%/

0 e-linolenic (omega-3)

H0)‘\/\/\/\/=\/=\/\/\

Linoleic acid (omega-6)
Figure 9.16

Biodiesel
Biodiesgel is made from natural vegetable oils. One such is rapeseed oil, 1000kg of

which is obtained per hectare of crop. Another source of biodiesel is the seeds from
the Jatropha tree. This grows on poor soil and so will not use land that could be used

for food production. Research is taking place to develop the production of natural
oils from algae. The potential yield is thought to be as high as 40000kgha™! and

waste domestic water could be used as a growing medium,

Roudolf Diesel first demonstrated his diesel engine using peanut oil, but vegetable
oils are not good fuels for these engines, as they tend to clog the fuel injection

nozzles. A more volatile liquid is needed. This is obtained by transesterification
(Figure 9.17). Unlike the process used in making margarine, the natural Ol B8TeT |, .. i eecussssssssbsssnanssss

is mixed with methanol and a catalyst. Transesterification takes place, forming the The methanol can be made

methyl esters of the fatty acids present in the vegetable oils, ;?;:;E:’Bm and carbon

RCOOCH; CHz0H

R'COOlH + 3CHOH ——= RCOOCHy + RCOOCHy « R'COOCHy + CHOH

R*COOCH, CHaOH
Figure 9.17

Polyesters

Polyesters are condensation polymers.

A condensation polymer is formed when monomers join together,

with the elimination of a simple molecule, such as water or hydrogen
chloride.

The monomers that condense must have two groups, one at each end of the molecule.
For example, a dicarboxylic acid has two —COOH groups, a diacyl chloride has two
= COCI groups and a diol has two —=OH groups in the molecule.




e o R e AR
A copolymer 1s a polymer
made from two differant
monomers,

A polyester is formed if a dicarboxylic acid, such as benzene-1,4-dicarboxylic acid
(terephthalic acid), reacts with a diol, such as ethane-1,2-diol, CH,OHCH;OH.
One of the —COOH groups in the dicarboxylic acid reacts with one of the —OH
groups in the diol. The remaining —OH group in the diol then reacts with one
of the —COOH groups in a second diacid molecule. The remaining —COOH
group then reacts with the —OH in a second diol molecule and so on, thousands
of times,

The reaction also takes place with the dimethyl ester or a diacyl chloride. An example
1s the formation of the polymer Terylened® or PET (Poly Ethylene Terephthalate)
(Figure 9.18).

n tl—ﬂ ot (] e () e (7 e . e OH
C—.—C-—D-CH,-CH,-G + nHCI
i |

Figure 9,18

Uses of polyesters

Polyesters, such as Terylene, are used in the manufacture of ¢ynthetic fibres. Some
shirts, sheets, socks and trousers are made from a mix of polyester and a natural
fibre such as cotton or wool. The polyester gives the material strength and crease

resistance; the natural fibre gives a softer feel and allows the material to absorb some
perspiration from the wearer,

Polyesters are also excellent thermal insulators and can be used as fillings for duvets,

PET can be extruded into different shapes and is used to make bottles for fizzy
drinks and water. The bottle does not allow the dissolved carbon dioxide to escape
as gas and the material is shatterproof, so will not break if dropped.

Disposal of polyesters
Polyesters are not biodegradable because enzymes have not evolved that hydrolyse
the ester linkages in the artificial fibres. This means that they do not rot in a landfill

gite. If burnt, toxic fumes are produced if the temperature and amount of air are not
closely controlled.

Homopolymeric esters

A homopolymer is a polymer made from a single type of monomer. This monomer
must have a group at one end that can react with the group at the other end of the
molecule. Hydroxyacids are examples.

Polylactic acid (PLA)
Lactic acid (2-hydropropanoic acid) can be made by the bacterial fermentation of

cornstarch, It is dimerised and finally polymerised (Figure 9.19).
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n CHyCHIOH)COOH e -éo—cn—-i:-)-
! n

Figure 9.19

The polymer is fully biodegradable. Because it degrades into innocuous lactic acid,
PLA is used as medical implants in the form of anchors, screws, plates and pins.

Depending on the exact type used, it breaks down inside the body within 6 months
to 2 years. This gradual degradation is desirable for a support structure, because it
gradually transfers the load to the body (e.g. the bone) as that area heals.

Biopol
3-hydroxybutanoate, CHy;CH(OH)CH,;COOH, is produced as an energy store by the

microorganism Alcaligenes, After extraction, it is polymerised catalytically (Figure 9.20).
CHs
n CHyCHOH)CH,COOH  —— -éo—lu—cu,—c
' | /-
0
Figure 9.20

This polymer 14 known as Biopol and is fully biodegradable. Greenpeace uses Biopol
to make its credit cards. Some bottles containing hair lotions are made of Biopol, as

18 some disposable plastic cutlery. Its cost and lack of tensile strength makes it, as yet,
unsuitable for major use.

Summary tasks

Test yourself
5 A polyester has the repeat unit shown in Figure 9.21,

0 = CHy == CHy

m

O

Figure 9.21
Draw the structural formula of its monomer.

Make sure that you can:

e draw the structural formulae for, and name, carboxylic acids, esters, acyl chlorides
and amides

e explain why carboxvylic acids have a higher boiling point and are more soluble in
water than esters

Carboxylic acids:

e Check that you know their preparation from primary alcohols, aldehydes and
from esters,

Esters | 7/
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e Make sure that you can describe their reactions with water (including calculating
the pH of the solution), bases, carbonates and hydrogencarbonates, alcohols,
lithium aluminium hydride and phosphorus pentachloride.

Esters:

& Can you explain why their preparation from acyl chlorides is better than from

carboxylic acids?

e Check that you know their reactions with acids and alkalis, and with organic
acids or alcohols (transesterification).

Check that you know the difference between fats and oils,

e Make sure that you can write the repeat units of polyesters and can work out the
monomers given the repeat unit,

Acyl chlorides:

® Make sure that you know their structure and their preparation,.
» Check that you can write equations for their reactions with water, alcohols,
ammonia, amines and lithiuvm aluminium hydride,

uestions

Explain why propanoic acid is soluble in water
whereas propane is insoluble.

If the molar mass of ethanoic acid is measured when

dissolved in an organic solvent such as benzene, it is
found to be 120gmol~!, Explain this.

Aspirin  can  be prepared by the reaction
of ethanoyl chloride with the substance in
Figure 9,22,

ﬁ

v
O . \DH

OH
Figure 9.22

Write the structural formula of aspirin.

Degcribe how you would prepare a pure, high-vield
sample of benzoic acid, C;H;COOH, from ethyl
benzoate, C.H;COOC,Hs.

Describe how you would prepare a sample of
propanoyl chloride from propanoic acid,

Explainthemeaningofthe termtransesterification,
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In terms of their chemical composition, explain

the difference between animal fats and vegetable
oils,

Explain why it is preferable to use an acid chloride,

rather than a carboxylic acid, when making large
quantities of an ester.

2-hydroxypropanoic acid can be polymerised.
Draw the structure of fuwo repeat units of this
polymer.

Explain why, when making a low-fat spreading
margarine, transesterification 1s preferable to
hydrogenation,

Describe the chemistry of converting a vegetable
oil into biodiesel.

Give one advantage of growing Jatropha trees,
rather than soyabeans, for the manufacture of
biodiesel.

Write the necessary reagents and conditions for
each step in the reaction sequence shown below,

Step 1 Step 2

CH;COOH —— CH;CH,0OH —— CH,CHO

14

Write the repeat unit of the polyester from
HOOCCH,COOH and HOCH ,CH,OH.



Exam practice questions

1 a) The name of the ester CHy;COOCH(CH3); is:
A propyl ethanoate C methyl propanoate
B 2-propyl ethanoate D methyl 2-propanoate (1)
b) i) Define the term transesterification. (1)
ii) Describe how biodiesel could be made
from a vegetable oil, such as palm oil,
using this process. (3)
iil) Explain why the physical properties of
the biodiesel and the palm oil differ
and why this makes the biodiesel a
better fuel for a car or lorry. (3)
(Total 8 marks)

2 Draw a reaction sequence for the high yield
preparation of ethyl ethanoate from ethanal
using no other organic reagent. State the
reagents and conditions for each step. (8)

(Total 8 marks)

3 This question is about compounds that have
a C=0 in their structures.
a) Consider the compounds §, P, QQ and R

SEtaaee

i) Which will react with
2, 4-dinitrophenylhydrazine? (1)
A S only C Sand P only
B P only D all four
il) Which will react with Fehling's
solution? (H)
A S only C Sand P only
B P only D all four
ili) Which will react with agqueous
sodium carbonate? (N
A Qonly C QandR only
B Roonly D allfour
iv) Which will react with LiAIH, in
dry ether? (1)
A S and P only
B Q and R only
C §,Pand Q only
D all four

b) Rapeseed oil is a triglyceride which can be
converted into a solid fat such as margarine
or into biodiesel.

i) The production of margarine can
require catalytic hydrogenation,

Name a suitable catalyst and state one
disadvantage of this method. (2)
The production of biodiesel involves
transesterification, Explain this term
with reference to its production from
rapeseed oil. (2)
(Total 8 marks)
Compound X contained 58.8% carbon,
9.8 % hydrogen and 31.4% oxygen.
Show that these data are consistent
with X having an empirical formula of
CsHy03. (2)

il) The mass spectrum of X had a peak at
m/> = 102, Write down its molecular
formula. (1)

b) Compound X was heated under reflux
with aqueous sodium hydroxide and then
compoundy was distilled out. The remaining
solution was acidified with dilute sulfuric
acid and compound Z was distilled out.
CompoundY gave a pale yellow precipitate
when warmed with iodine in alkali.

The *C NMR. spectrum of compound Z

showed C atoms in two environments,

i) Use the information above to deduce
the structural formulae of Z andY and
hence that of X, Justify your answers.(5)

if) Why was it necessary to add acid
before distilling out compound Z?  (2)

iil) Write the equation for the reaction of
compound X with aqueous sodium
hydroxide. (1)

¢) W is an isomer of X. It was treated in the same
way and gave a product similar to Z which

has only one carbon atom. W has two optical

isomers, Draw the structural formula of W and

circle the chiral centre. (2)

(Total 13 marks
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August Kekulé 1829-96

@ 10 Arenes (Topic 18)

Organic chemistry can be divided into three categories;

e Aliphatic chemistry: this is the study of simple compounds that have straight or
branched carbon chains or rings of singly bonded carbon atoms. Alkenes, ethanol,

propanone, ethylamine, cyclohexane and cyclohexene are examples of aliphatic
compounds (Figure 10.1).

H, H
C C
H,i/ \in, H,I/ \'\\i:n
Hz \c/“z H:'\c/':”:
Hs H,
Cyclohexane Cyclohexene
Figure 10.1

e Arenes: these are also called aromatic compounds. They all contain a benzene
ring. This is a ring of six carbon atoms in which each forms two g-bonds with
its neighbouring carbon atoms and has one p-electron in a n-bond. The fourth
valence electron is in a g-bond with an atom that is joined to the ring.

» Natural products: these compounds are complex organic substances found in
nature. They include colouring matter, poisons, flavourings, proteins, hormones
and compounds with specific odours that may be used to attract animals, for
example pheromones.

& [ The benzene ring

Benzene has the formula CgHg There was doubt about its structure until the
German chemist Kekulé suggested that the carbon atoms were arranged in a ring

with alternate single and double bonds.

There are three major problems with the Kekulé structure:

Problem 1 In aliphatic compounds a C=C bond is shorter than a C—C bond, but
all the bonds between the carbon atoms in benzene are the same length.

X-ray diffraction shows the position of the centre of atoms. Analysis of the diffraction

pattern of benzene shows clearly that all the bond lengths between the carbon atoms
are the same (Table 10.1),



Table 10.1 Bond lengths

oond engtn
Carbon-carbon single bond In cyclohexene 0,15 |
Carbon—carbon double bond In cyclohexene 0.13
Carbon—carbon bond In benzene 0.14

This is also shown by the electron density map of benzene, The map also shows that
there is a significant electron density in rings above and below the plane of the six

carbon atoms (Figure 10.2),

Problem 2 The enthalpies of hydrogenation are not as would be expected if benzene
had three separate double bonds,

When benzene vapour and hydrogen are passed over a heated nickel catalyst, 3mol of
hydrogen per mole of benzene add on and cyclohexane is formed. Hydrogen is adsorbed
as atoms at the active sites on the surface of the catalyst, These hydrogen radicals add on,
one at a time, breaking the n-bonds until saturated cycloalkane is formed (Figure 10.3).

‘ + 3H;(g) — O AH = =207 ki mal™'

Figure 10.3

The reaction is similar to the addition of hydrogen to cyclohexene, which has one
localised n-bond (Figure 10.4),

+ Hylg) —— O AH = =119 kJ mal™!

If benzene had three localised n-bonds, the enthalpy change for the addition of 3mol
of hydrogen would be 3 x =119 = =357 k] mol~!. The difference between this value
and the actual enthalpy change for the addition of 3 mol of hydrogen to benzene is
150 k] mol~!, This is the value by which the benzene molecule is stabilised because

of the delocalisation of the n-electrons (resonance stabilisation energy).

Figure 10.4

The theoretical molecule with three localised double bonds is called ‘cyclohexatriene’.
The energy levels of this molecule and the actual molecules of benzene and

cyclohexane are shown in Figure 10,5,

2 ‘Cyclohexatriene’
g =150 kJ
gl e e B 1128112
=207 kJ
— e Cyclohexane

Figure 10.5 Energy level diagram showing delocalisation
energy of 150 kJ

Figure 10.2 Electron density
map of benzene




Figure 10.8 The Kekulé
formula of benzene
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Benzene is at an energy level 150kImol™" lower than that of ‘cyclohexatriene’,
Therefore, the resonance stabilisation energy is 150 k] mol™.

Problem 3 Benzene does not show the typical electrophilic addition reactions of
unsaturated compounds such as ethene and cyclohexene. For example, it reacts with

bromine by substitution rather than by addition.

One solution to these problems was to apply the concept of a resonance structure,
This was first used to account for the identical bond lengths in ozone, O=0-0.

In theory, the double bond should be shorter than the dative bond. However, both
bonds are the same length. The reason is that the molecule of ozone is a unique

structure that appears to resonate between O=0—0 and O«0O=0,

The idea of resonance ig that the actual molecule s a definite structure that is a
hybrid of two theoretical structures. An ozone molecule is neither O«O=0 nor

O=0—=0 and it does not oscillate between the two. Resonance can be shown as a
double-headed arrow between the two theoretical structures, both of which must

obey the normal rules of bonding.
Ozone can be written as:
O0=0—=0 & O«0=0

This can also be used to describe the bonding in a carboxylate ion (Figure 10.6).

Figure 10.6 Resonance structures of the carboxylate ion
Benzene can be written as in Figure 10,7,

H H

C C
W N Wi "
b L— 1 .|

W =

¥ H

Figure 10.7

It is usual to write the formula of benzene without showing either the carbon atoms

or the hydrogen atoms. Thus, a hexagon with alternate double and single bonds can
be used to represent benzene, as in Figure 10.8,

A double bond is a g-bond, resulting from an overlap of atomic orbitals between
two atoms, and a n-bond, resulting from an overlap, above and below the g-bond,
of the p-orbitals of the two atoms,

The best representation of a benzene molecule is six carbon atoms in a hexagonal
plane bonded to each other and each bonded to a hydrogen atom by o-bonds. The
fourth valence electron on each carbon atom is in a p-orbital at right angles to the
plane of the six carbon atoms. The p_-orbital of one carbon atom overlaps equally
with the p,-orbitals of both adjacent carbon atoms, forming a continuous n-bond
above and below the ring of carbon atoms (Figure 10.9). These six p_-electrons are



delocalised over the ring. This gives the molecule greater stability compared with
a theoretical molecule in which the n-electrons are localised between individual
atoms.

This gain in stability i called the resonance stabilisation energy. In benzene, its
value is 150k] mol™",

The way in which a delocalised m-system is written in a formula i1s to draw a
continuous curve round the atoms that are part of that gystem — for benzene,

a circle is drawn within the hexagon representing the six carbon atoms (Figure
10.10a). However, Kekulé formulae are acceptable at A level and at university. The

formula of cyclohexane, which has no n-electrons, is drawn as in Figure 10.10b,
(a) (b)

CeHe CeHia

Figure 10.10 The skeletal formula for (a) benzene and (b) cyclohexane

P
Tip
Remember that there is a hydrogen atom attached to each carbon atom in benzene, When
benzene reacts by substitution, a hydrogen atom is replaced by another group. Therefore, one
of the products is a simple molecule such as HBr, HCI or H;0.

Test yourself

1 Draw the resonance structures of the ethanoate, CH;C00", ion,

Nomenclature of arenes

An arene is a compound with a benzene ring.

Single substituents

Ifa single atom or group replaces one hydrogen atom in a benzene ring, the name of
the compound has the stem -benzene with a prefix of the group or atom entering,
thus:

CgHgCl is called chlorobenzene,
CgHgCHjy 15 called methylbenzene,
CeHsNO,; is called nitrobenzene.
CgHsNH; can be called aminobenzene,

An additional naming system ig based on the phenyl group, —C;H; group, thus:

e CgH;OH is called phenol.

o C,H.NH, is called either phenylamine or aminobenzene,

o CH,CH(CgHg)CHy is called 2-phenylpropane.

e CiHsCOCH, has a phenyl group substituted into a carbon chain of two atoms
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