
2.1 Periodicity

Classification of elements in s, p, d blocks

Elements are classified as s, p or d block, according 
to which orbitals the highest energy electrons are in.
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Atomic radius 
Atomic radii decrease as you move from left to right 
across a period, because the increased number of 
protons create more positive charge attraction for 
electrons which are in the same shell with similar 
shielding.

1st ionisation energy
There is a general trend across is to increase. This is due to  
increasing number of protons as the electrons are being 
added to the same shell

There is a small drop between Mg + Al. Mg has its outer 
electrons in the 3s sub shell, whereas Al is starting to fill the 
3p subshell. Al’s  electron  is slightly easier to remove 
because the 3p electrons are higher in energy.

There is a small drop between phosphorous and sulphur.
Sulphur’s outer electron is being paired up with an another 
electron in the same 3p orbital.
When the second electron is added to an orbital there is a 
slight repulsion between the two negatively charged 
electrons which makes the second electron easier to remove. 

Melting and boiling points

For Na, Mg, Al- Metallic bonding : strong bonding – gets 
stronger the more electrons there are in the outer shell that 
are released to the sea of electrons. A smaller positive centre 
also makes the bonding stronger. Higher energy is needed to 
break bonds.

Si is Macromolecular: many strong covalent bonds between 
atoms, high energy needed to break covalent bonds– very 
high mp +bp

Cl2 (g), S8 (s), P4 (S)- simple Molecular : weak van der waals
between molecules, so little energy is needed to break them –
low mp+ bp

S8 has a higher mp than P4 because it has more electrons 
(S8 =128)(P4=60) so has stronger v der w between molecules

Ar is monoatomic weak van der waals between atoms

Exactly the same trend in period 2

Period 2 = Li, Be, B, C, N, O, F, Ne
Period 3 = Na, Mg, Al, Si, P, S, Cl, Ar

Exactly the same trend in period 2 with 
drops between Be & B and N to O for 
same reasons- make sure change 3s 
and 3p to 2s and 2p in explanation!

Similar trend in period 2 
Li,Be metallic bonding (high mp)
B,C macromolecular (very high mp)
N2,O2 molecular (gases! Low mp as 
small v der w)
Ne monoatomic gas (very low mp)
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Atomic radius
Atomic radius increases down the Group.
As one goes down the group, the atoms have more
shells of electrons making the atom bigger.

1st ionisation energy
The outermost electrons are held more weakly because they are successively further from the nucleus
in additional shells.
In addition, the outer shell electrons become more shielded from the attraction of the nucleus by the
repulsive force of inner shell electrons

2.2 Group 2
Melting points
Down the group the melting points decrease. The
metallic bonding weakens as the atomic size
increases. The distance between the positive ions and
delocalized electrons increases. Therefore the
electrostatic attractive forces between the positive
ions and the delocalized electrons weaken.

Group 2 reactions Reactivity of group 2 metals increases down the group

Mg will also react slowly with oxygen without a flame.
Mg ribbon will often have a thin layer of  magnesium oxide on it
formed by reaction with oxygen.
2Mg + O2 2MgO
This needs to be cleaned off by emery paper before doing
reactions with Mg ribbon.
If testing for reaction rates with Mg and acid, an un-cleaned Mg
ribbon would give a false result because both the Mg and MgO
would react but at different rates.
Mg + 2HCl  MgCl2 + H2
MgO + 2HCl MgCl2 + H2O

Reactions with oxygen.

The group 2 metals will burn in oxygen.
Mg burns with a bright white flame.
2Mg + O2 2MgO

MgO is a white solid with a high melting
point due to its ionic bonding.
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Reactions with water.

Magnesium burns in steam to produce
magnesium oxide and hydrogen. The Mg
would burn with a bright white flame.

Mg (s) + H2O (g) MgO (s) + H2 (g)

The other group 2 metals will react with cold water with
increasing vigour down the group to form hydroxides.

Ca + 2 H2O (l) Ca(OH)2 (aq) + H2 (g)

Sr + 2 H2O (l) Sr(OH)2 (aq) + H2 (g)

Ba + 2 H2O (l) Ba(OH)2 (aq) + H2 (g)

The hydroxides produced make the water alkaline
(if they are soluble in water)

One would observe:

fizzing, (more vigorous down group)

the metal dissolving, (faster down group)

the solution heating up (more down group)

and with calcium a white precipitate
appearing (less precipitate forms down
group)

Mg will also react with warm water, giving a different
magnesium hydroxide product.

Mg + 2 H2O Mg(OH)2 + H2

This is a much slower reaction than the reaction with
steam and there is no flame.

Make sure you learn the difference between the reaction of
Magnesium with steam and that of warm water
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Using Magnesium to Extract titanium

Titanium is a very useful metal because it is abundant,
has a low density and is corrosion resistant – it is used for
making strong, light alloys for use in aircraft for example.

Titanium cannot be extracted with carbon
because titanium carbide (TiC) it is formed
rather than titanium (similar reactions take
place for vanadium, tungsten and
molybdenum). Titanium cannot be extracted by
electrolysis because it has to be very pure.Titanium is extracted by reaction with a

more reactive metal (e.g. Mg, Na).

Steps in extracting Titanium
1. TiO2 (solid) is converted to TiCl4 (liquid) at 900C:
2. The TiCl4 is purified by fractional distillation in an Ar

atmosphere.
3. The Ti is extracted by Mg in an Ar atmosphere at 500C

TiO2 +  2 Cl2 +  2 C  TiCl4 +  2 CO

TiO2 is converted to TiCl4 as it can be
purified by fractional distillation, TiCl4
being molecular (liquid at room
temperature) rather than ionic like
TiO2 (solid at room temperature).

Titanium is expensive because

1. The expensive cost of the Mg

2. This is a batch process which makes it expensive because the
process is slower (having to fill up and empty reactors takes
time) and requires more labour and the energy is lost when the
reactor is cooled down after stopping

3. The process is also expensive due to the Ar, and the need to
remove moisture (as TiCl4 is susceptible to hydrolysis).

4. High temperatures required in both steps

This all makes titanium expensive
even though it is a relatively
abundant metal. It is only therefore
used to a limited amount even
though it has useful properties

TiCl4 +  2Mg  Ti  +  2 MgCl2
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Group II sulphates become less soluble down the group.

BaSO4 is the least soluble.

Testing for Presence of a Sulphate ion

BaCl2 solution acidified with hydrochloric acid is used as a reagent to
test for sulphate ions.

If acidified Barium Chloride is added to a solution that contains sulphate
ions a white precipitate of Barium Sulphate forms.

Simplest ionic equation
Ba2+ (aq) + SO4

2-(aq) BaSO4 (s).

BaSO4 is used in medicine as a ‘Barium meal’ given to patients who need x-rays of their intestines. The Barium
absorbs the x-rays and so the gut shows up on the x-ray image. Even though Barium compounds  are toxic it is
safe to use here because of its low solubility.

2HCl + Na2CO3 2NaCl + H2O + CO2
Fizzing due to CO2 would be observed if a carbonate was
present.

Other anions should give a
negative result which is no
precipitate forming.

If Barium metal is reacted with sulphuric acid it will only react slowly as the insoluble Barium sulphate
produced will cover the surface of the metal and act as a barrier to further attack.
Ba + H2SO4 BaSO4 + H2
The same effect will happen to a lesser extent with metals going up the group as the solubility increases.
The same effect does not happen with other acids like hydrochloric or nitric as they form soluble group 2 salts.

The hydrochloric acid is needed to react with carbonate impurities that are often found in salts which
would form a white Barium carbonate precipitate and so give a false result. You could not used sulphuric
acid because it contains sulphate ions and so would give a false positive result.
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An equation for the formation of the precipitate can be written as a full equation or simplest ionic equation
Full equation  :  SrCl2(aq) + Na2SO4 (aq) 2NaCl (aq) + SrSO4 (s)
Ionic equation: Sr2+ (aq) + SO4

2-(aq) SrSO4 (s).

Solubility of Sulphates

Group II hydroxides become more soluble down the group.

All Group II hydroxides when not soluble appear as white precipitates.

Calcium hydroxide is reasonably soluble in
water. It is used in agriculture to neutralise
acidic soils.

An aqueous solution of calcium hydroxide is
called lime water and can be used a test for
carbon dioxide. The limewater turns cloudy
as white calcium carbonate is produced.

Ca(OH)2 (aq) + CO2 (g) CaCO3 (s) + H2O(l)

Barium hydroxide would easily dissolve
in water. The hydroxide ions present
would make the solution strongly alkaline.

Ba(OH)2 (S) + aq Ba2+ (aq) + 2OH-(aq)

Magnesium hydroxide is classed as insoluble in water.

Simplest Ionic Equation for formation of Mg(OH)2 (s)

Mg2+ (aq) + 2OH-(aq) Mg(OH)2 (s).

A suspension of magnesium hydroxide in water will appear
slightly alkaline (pH 9) so some hydroxide ions must
therefore have been produced by a very slight dissolving.

Magnesium hydroxide is used in medicine (in suspension
as milk of magnesia) to neutralise excess acid in the
stomach and to treat constipation.

Mg(OH)2 + 2HCl MgCl2 + 2H2O

It is safe to use because it is so weakly alkaline. It is
preferable to using calcium carbonate as it will not produce
carbon dioxide gas.

Solubility of Hydroxides
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More on Insoluble salts and Precipitation reactions

Insoluble salts can be made by mixing appropriate solutions of ions so that a precipitate is formed
Barium nitrate (aq) + sodium sulphate (aq) Barium Sulphate (s) + sodium nitrate (aq)
These are called precipitation reactions. A precipitate is a solid

When making an insoluble salt, normally the salt would be removed by filtration, washed with
distilled water to remove soluble impurities and then dried on filter paper

Writing Ionic equations for precipitation reactions

We usually write ionic equations to show precipitation
reactions. Ionic equations only show the ions that are
reacting and leave out spectator ions.

Spectator ions are ions that are
• Not changing state
• Not changing oxidation number

Ba(NO3)2 (aq) + Na2SO4 (aq)  BaSO4 (s) + 2 NaNO3 (aq)Take full equation

Separate (aq) solutions
into ions

Ba2+
(aq) + 2NO3

-
(aq) + 2Na+

(aq)+ SO4
2-

(aq) BaSO4(s) + 2 Na+
(aq)+ 2NO3

-
(aq)

Cancel out spectator ions leaving
the simplest ionic equation

Ba2+ (aq) + SO4
2-(aq) BaSO4 (s).

There are some common rules for solubility of salts. No syllabus requires these to be learnt but a
good chemist does know them.

Soluble salts Insoluble salts
All sodium, potassium and ammonium salts

All nitrates
Most chlorides, bromides, iodides Silver, lead chlorides, bromides iodides
Most sulphates Lead sulphate strontium and barium sulphate
Sodium, potassium and ammonium
carbonates

Most other carbonates

Sodium, potassium and ammonium
hydroxides

Most other hydroxides

Filter
funnel

Filter
paperresidue

filtrate

This is gravitational filtration.
Use if small amounts of solid
are formed.

Buchner flask (has
thicker glass walls
than a normal flask
to cope with the
vacuum )

Filter paper

This is vacuum filtration. The apparatus is
connected to a water pump which will
produce a vacuum. Use if larger amounts
of solid are formed.

Air outlet to
water pump

Buchner
funnel

For both types of filtration apparatus AQA expect filter paper to be drawn on the diagram

Filtration



2.3 Halogens Fluorine (F2): very pale yellow gas. It is highly reactive
Chlorine : (Cl2) greenish, reactive gas, poisonous in high concentrations
Bromine (Br2) : red liquid, that gives off dense brown/orange poisonous fumes 
Iodine (I2) : shiny grey solid sublimes to purple gas.

Trend in melting point and boiling point

Increase down the group

As the molecules become larger they have 
more electrons and so have larger van der 
waals forces between the molecules. As the 
intermolecular forces get larger more energy 
has to be put into break the forces. This 
increases the melting and boiling points

Trend in electronegativity

Electronegativity is the relative tendency of an atom in a 
molecule to attract electrons in a covalent bond to itself.

As one goes down the group the electronegativity of the 
elements decreases. 

As one goes down the group the atomic radii increases due 
to the increasing number of shells. The nucleus is therefore 
less able to attract the bonding pair of electrons 

1. The displacement reactions of halide ions by halogens. 

A halogen that is a strong oxidising agent will 
displace a halogen that has a lower oxidising 
power from one of its compounds

The oxidising strength decreases down the group. 
Oxidising agents are electron acceptors. 

Chlorine will displace both bromide and iodide ions; bromine will displace iodide ions 

Chlorine (aq) Bromine (aq) Iodine (aq)

potassium 
chloride (aq)

Very pale green 
solution, no 
reaction

Yellow solution, no 
reaction

Brown solution, 
no reaction

potassium 
bromide (aq)

Yellow solution, Cl 
has displaced Br

Yellow solution, no 
reaction

Brown solution, 
no reaction

potassium 
iodide (aq)

Brown solution, Cl 
has displaced I

Brown Solution, Br
has displaced I

Brown Solution, 
no reaction

The colour of the solution in 
the test tube shows which free 
halogen is present in solution. 
Chlorine =very pale green 
solution (often colourless),
Bromine = yellow solution
Iodine = brown solution 
(sometimes black solid 
present)

know these 
observations !

Cl2(aq) +  2Br – (aq)   � 2Cl – (aq)  +  Br2(aq)

Cl2(aq) +  2I – (aq)     � 2Cl – (aq)  +  I2(aq)

Br2(aq) +  2I – (aq)     � 2Br – (aq)  +  I2(aq)

be able to write these reactions as two half 
equations showing oxidation or reduction 
e.g. 2Br - (aq)� Br2 (aq)+ 2e-

Cl2 (aq)+ 2e- � 2Cl- (aq)

2. The reactions of halide ions with silver nitrate. 

This reaction is used as a test to identify which halide ion 
is present. The test solution is made acidic with nitric 
acid, and then Silver nitrate solution is added dropwise.

The role of nitric acid is to react with any carbonates 
present to prevent formation of the precipitate 
Ag2CO3. This would mask the desired observations

2 HNO3 + Na2CO3 � 2 NaNO3 + H2O + CO2

Fluorides produce no precipitate
Chlorides produce a white precipitate  
Ag+(aq) + Cl- (aq)  � AgCl(s)
Bromides produce a cream precipitate 
Ag+(aq) + Br- (aq) � AgBr(s) 
Iodides produce a pale yellow precipitate 
Ag+(aq) + I- (aq) � AgI(s)

The silver halide precipitates can be treated with ammonia 
solution to help differentiate between them if the colours look 
similar: 
Silver chloride dissolves in dilute ammonia to form a 
complex ion
AgCl(s) + 2NH3(aq) �[Ag(NH3)2]+ (aq)  +  Cl- (aq)

Colourless solution
Silver bromide dissolves in concentrated ammonia to form a 
complex ion
AgBr(s) + 2NH3(aq) �[Ag(NH3)2]+ (aq)  +  Br - (aq)

Colourless solution
Silver iodide does not react with ammonia – it is too insoluble.
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3. The reaction of halide salts with concentrated sulphuric acid.

Explanation of differing reducing power of halides
A reducing agent donates electrons.
The reducing power of the halides increases down group 7
They have a greater tendency to donate electrons.
This is because as the ions get bigger it is easier for the 
outer electrons to be given away as the pull from the nucleus 
on them becomes smaller.

The Halides show increasing power as 
reducing agents as one goes down the 
group. This can be clearly demonstrated in 
the various reactions of the solid halides with 
concentrated sulphuric acid.

Know the equations and observations of 
these reactions very well.

F- and Cl- ions are not strong enough reducing agents to reduce the S in H2SO4. 
No redox reactions occur. Only acid-base reactions occur.

Fluoride and Chloride

NaF(s)  +  H2SO4(l) �NaHSO4(s)  +  HF(g)

Observations: White steamy fumes of HF are evolved. 

NaCl(s)  +  H2SO4(l) � NaHSO4(s)  +  HCl(g)

Observations: White steamy fumes of HCl are evolved. 

These are acid –base reactions and 
not redox reactions. H2SO4 plays the 
role of an acid (proton donor).

Br- ions are stronger reducing agents than Cl- and F- and after the initial acid-
base reaction reduce the Sulphur in H2SO4 from +6 to + 4 in SO2

Bromide

Acid- base step: NaBr(s)  +  H2SO4(l) � NaHSO4(s)  +  HBr(g)

Redox step: 2HBr + H2SO4 � Br2(g)  +  SO2(g)  +  2H2O(l)

Observations: White steamy 
fumes of HBr are evolved. 

Red fumes of Bromine are also 
evolved and a colourless, acidic gas 
SO2Ox ½ equation 2Br - � Br2 + 2e-

Re ½ equation H2SO4 + 2 H+ + 2 e- → SO2 + 2 H2O

Iodide

I- ions are the strongest halide reducing agents. They can reduce the Sulphur 
from +6 in H2SO4 to + 4 in SO2, to 0 in S and -2 in H2S.

NaI(s)  +  H2SO4(l) � NaHSO4(s)  +  HI(g)
2HI + H2SO4 � I2(s)  +  SO2(g)  +  2H2O(l)
6HI + H2SO4 → 3 I2 + S (s) + 4 H2O (l)
8HI + H2SO4 �4I2(s)  +  H2S(g)  +  4H2O(l)

Observations: 
White steamy fumes of HI are evolved. 
Black solid and purple fumes of Iodine are 
also evolved
A colourless, acidic gas SO2
A yellow solid of Sulphur
H2S (Hydrogen Sulphide), a gas with a bad egg 
smell, 

Ox ½ equation 2I - � I2 + 2e-

Re ½ equation H2SO4 + 2 H+ + 2 e- → SO2 + 2 H2O

Re ½ equation H2SO4 + 6 H+ + 6 e- → S + 4 H2O

Re ½ equation H2SO4 + 8 H+ + 8 e- → H2S + 4 H2O

Often in exam questions these redox reactions are 
worked out after first making the half-equations

Reduction product = sulphur dioxide

Note the H2SO4 plays the role of acid in the first step producing HBr 
and then acts as an oxidising agent in the second redox step.

Note the H2SO4 plays the role of acid in the first step producing HI and 
then acts as an oxidising agent in the three redox steps

Reduction products = sulphur dioxide, 
sulphur and hydrogen sulphide
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4. The disproportionation reactions of chlorine and chlorate(I).

Disproportionation is the name for a reaction where 
an element simultaneously  oxidises and reduces.

Chlorine with water: 
Cl2(aq)  +  H2O(l) � HClO(aq) +  HCl (aq)

Chlorine is both simultaneously reducing and oxidising

If some universal indicator is added to the solution it will 
first turn red due to the acidity of both reaction products. It 
will then turn colourless as the HClO bleaches the colour.

Reaction with water in sunlight
If the chlorine is bubble through water in the 
presence of bright sunlight a different reaction 
occurs
2Cl2 + 2H2O � 4H+ + 4Cl- + O2
The same reaction occurs to the equilibrium 
mixture of chlorine water. The greenish colour of 
chlorine water fades as the Cl2 reacts and a 
colourless gas (O2) is produced

Chlorine is used in water treatment to kill bacteria. It has been used to treat drinking water and the water in 
swimming pools. The benefits to health of water treatment by chlorine outweigh its toxic effects.

Reaction of Chlorine with cold dilute NaOH solution:

Cl2,(and  Br2, I2) in aqueous solutions will react with cold sodium hydroxide. The colour of the halogen 
solution will fade to colourless

Cl2(aq)  +  2NaOH(aq) � NaCl (aq) +  NaClO (aq)  +  H2O(l)

The mixture of NaCl and NaClO is used as Bleach and to disinfect/ kill bacteria

The greenish colour of these solutions is 
due to the Cl2

Naming chlorates/sulphates

In IUPAC convention the various forms of sulfur and chlorine compounds where oxygen is 
combined are all called sulfates and chlorates with relevant oxidation number given in roman 
numerals. If asked to name these compounds remember to add the oxidation number.

NaClO: sodium chlorate(I)
NaClO3: sodium chlorate(V)
K2SO4 potassium  sulfate(VI)
K2SO3 potassium  sulfate(IV)
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Trends in the reactions of the elements with water, limited to Na and Mg

Sodium reacts with cold water. It fizzes 
around on surface etc. 
2 Na (s) + 2 H2O (l) � 2 NaOH (aq) + H2 (g)

Learn the equations

Magnesium reacts very slowly with cold water to form the 
hydroxide but reacts more readily with steam to form the oxide 
Mg (s) + H2O (g) � MgO (s) + H2 (g) 

Trends in the reactions of the elements Na, Mg, Al, Si, P and S with oxygen

The elements all react with oxygen to form 
oxides.
Sodium burns with a yellow flame to 
produce a white solid
Mg, Al, Si and P burn with a white flame  
to give white solid smoke 
S burns with a blue flame to form an acidic 
choking gas. 

4 Na (s) + O2 (g)� 2 Na2O (s)
2Mg (s) + O2 (g)� 2MgO (s)
4Al + 3O2 (g)� 2Al2O3 (s)
Si + O2 (g)� SiO2 (s)
4P + 5O2 (g)� P4O10 (s)
S+ O2 (g)� SO2 (g)

You should be able 
to write these 
equations.

Learn the formulae 
of the oxides 

A survey of the properties of the oxides of Period 3 elements  

Understand the link between the physical properties of the highest 
oxides of the elements Na � S and their structure and bonding. 

Ionic oxides
The metal oxides (Na2O, MgO, Al2O3) are ionic. They 
have high melting points. They have Ionic giant 
lattice structures: strong forces of attraction between 
ions : higher mp. They are ionic because of the large 
electronegativity difference between metal and O

The increased charge on the cation makes the ionic 
forces stronger  (bigger lattice enthalpies of 
dissociation) going from Na to Al so leading to 
increasing melting points. 

Al2O3 is ionic but does show some covalent character. 
This can be explained by the electronegativity 
difference being less big or alternatively by the small 
aluminium ion with a high charge being able to get 
close to the oxide ion and distorting the oxide charge 
cloud

Macromolecular oxides
SiO2 is Macromolecular: It has many very strong 
covalent bonds between atoms. High energy 
needed to break the many strong covalent bonds 
– very high mp +bp 

Simple molecular oxides:
P4O10 (s),  SO2 (g) are simple molecular with
weak intermolecular forces between molecules 
(van der waals + permanent dipoles) so have 
lower mp’s. They are covalent because of the 
small electronegativity difference between the  
non-metal and O atoms. P4O10 is a molecule 
containing 4P’s and 10 O’s. As it is a bigger 
molecule and has more electrons than SO2 it will 
have larger van der waals forces and a higher 
melting point. 

To prove that the above compounds contain ions 
experimentally - melt the solids and show they 
conduct electricity

Aluminium metal is protected from corrosion in 
moist air by a thin layer of aluminium oxide. The 
high lattice strength of aluminium oxide and its 
insolubility in water make this layer impermeable 
to air and water.

Sodium is stored under oil and phosphorus under water to stop these elements coming into 
contact and reacting with air
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2.4 Periodicity of Period 3
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Acid base reactions between period 3 oxides and simple acids and bases.

The basic oxides react with acids to make salts
Na2O (s) + 2 HCl (aq) � 2NaCl (aq) + H2O (l)
Na2O (s) +  H2SO4 (aq) � Na2SO4 (aq) + H2O (l)
MgO (s) + 2 HCl (aq) � MgCl2 (aq) + H2O (l)  
Or ionically
Na2O (s) +  2H+ (aq) � 2Na+ (aq) + H2O (l)
MgO (s) + 2 H+ (aq) � Mg2+ (aq) + H2O (l)  

Rather than learning the equations by  rote, 
learn the pattern. Most  follow the pattern acid 
+ base = salt + water
Know the charges on the ions  e.g. PO4 

3- , 
SO4

2-

Amphoteric Oxides
Aluminium oxide can act as both an acid and an alkali and is therefore called amphoteric
Aluminum oxide acting as a base
Al2O3 (s)+ 3H2SO4 (aq)� Al2(SO4)3 (aq) + 3H2O (l)
Al2O3 + 6HCl � 2AlCl3 + 3H2O
Or ionically Al2O3 + 6H+ � 2Al3+ + 3H2O 

Aluminum oxide acting as a acid
Al2O3 (s)+ 2NaOH (aq) + 3H2O (l) � 2NaAl(OH)4 (aq)  (this equation needs learning carefully) 
Al2O3 (s)+ 2OH- (aq) + 3H2O (l) � 2Al(OH)4

- (aq) 

SiO2 has a giant covalent structure  with very 
strong bonds. This stops SiO2 dissolving or reacting 
with water and weak solutions of alkali. It will, 
however, react with very concentrated NaOH
2NaOH (l)  + SiO2 (s)� Na2SiO3 (aq) + H2O
It is still classed as an acidic oxide

The other simple molecular acidic oxides react with 
bases to form salts.
P4O10 (s) + 12 NaOH (aq)  � 4Na3PO4(aq) + 6 H2O (l)
P4O10 + 6 Na2O   � 4Na3PO4
SO2 (g) + 2NaOH (aq)  � Na2SO3 (aq) + H2O (l)
SO3 (g) + 2NaOH(aq)  � Na2SO4 (aq) + H2O (l)

Or show ionically
P4O10 (s) + 12 OH- (aq)  � 4PO4 

3-(aq) + 6 H2O (l)
SO2 (g) + 2OH- (aq)  � SO3

2- (aq) + H2O (l)
SO3 (g) + 2OH- (aq)  � SO4

2- (aq) + H2O (l)

Be careful for 
whether the 
question is asking 
for an ionic  
equation or a full 
one

The reactions of the oxides of the elements  Na ���� S with water
know the change in pH of the resulting 
solutions across the Period. Metal ionic oxides tend to react with water to form hydroxides 

which are alkaline
Na2O (s) + H2O (l) � 2Na+ (aq) + 2OH- (aq) pH 13 (This is a 
vigorous exothermic reaction)
The ionic oxides are basic as the oxide ions accept protons to 
become hydroxide ions in this reaction (acting as a bronsted 
lowry base)
MgO (s) + H2O (l) � Mg(OH)2 (s)   pH 9 
Mg(OH)2 is only slightly soluble in water as its lattice is stronger 
so fewer free OH- ions are produced and so lower pH

Al2O3 and SiO2 do not dissolve in 
water because of the high strength of 
the Al2O3 ionic lattice and the SiO2
macromolecular structure, so they give 
a neutral pH 7

The non-metal,  simple molecular, covalent, oxides react with water to give acids
P4O10 (s) + 6 H2O (l)  � 4 H3PO4(aq)  pH 0 (this is a vigorous exothermic reaction)
SO2 (g) + H2O (l)  � H2SO3 (aq)         pH 3 (weak acid)
SO3 (g) + H2O (l)  � H2SO4 (aq)         pH 0

Learn the equations !

The trend is the ionic metal oxides show basic behaviour and the non-metal 
covalent oxides show acidic behaviour.   
The slightly intermediate nature of the bonding in Aluminium oxide is reflected 
in its amphoteric behaviour: it can act as both a base and an acid

MgO is better than NaOH for treating acid in rivers and the stomach as it is only sparingly soluble and weakly 
alkaline so using an excess would not make the water excessively alkaline. 
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SO2 + H2O � H+ + HSO3
-

SO3 + H2O � H+ + HSO4
-

Equations showing 
formation of ions in 
solution
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2.5 Transition Metals
General properties of transition metals

transition metal characteristics of elements Sc
Cu arise from an incomplete d sub-level in
atoms or ions

Sc  1s22s22p63s23p6 4s23d1

Ti  1s22s22p63s23p6 4s23d2

V  1s22s22p63s23p6 4s23d3

Cr  1s22s22p63s23p6 4s13d5

Mn  1s22s22p63s23p6 4s23d5

Fe  1s22s22p63s23p6 4s23d6

Co  1s22s22p63s23p6 4s23d7

Ni  1s22s22p63s23p6 4s23d8

Cu  1s22s22p63s23p6 4s13d10

Zn  1s22s22p63s23p6 4s23d10

Sc 3+ [Ar] 4s03d0

Ti 3+ [Ar] 4s03d1

V 3+ [Ar] 4s03d2

Cr 3+ [Ar] 4s03d3

Mn 2+ [Ar] 4s03d5

Fe 3+ [Ar] 4s03d5

Co 2+ [Ar] 4s03d7

Ni 2+ [Ar] 4s03d8

Cu 2+ [Ar] 4s03d9

Zn 2+ [Ar] 4s03d10

When
forming
ions lose
4s before
3d

Why is Zn not a transition metal?
Zn can only form a +2 ion. In this ion the Zn2+ has a complete d orbital and so does
not meet the criteria of having an incomplete d orbital in one of its compounds.

these characteristics include
•complex formation,
•formation of coloured ions,
•variable oxidation state
•catalytic activity.

Complex formation

complex :is a central metal ion surrounded by ligands.

ligand.: An atom, ion or molecule which can donate a lone electron pair.

Co-ordinate bonding is involved in complex formation.
Co-ordinate bonding is when the shared pair of electrons in the covalent bond
come from only one of the bonding atoms.
Co-ordination number: The number of co-ordinate bonds formed to a central
metal ion.

Cu
OH2

OH2OH2

OH2

OH2

OH2
2+

Substitution Reactions

Ligands can be monodentate (e.g. H2O, NH3 and Cl- ) which can form one coordinate bond per ligand
or bidentate (e.g. NH2CH2CH2NH2 and ethanedioate ion C2O4

2- ) which have two atoms with lone
pairs and can form two coordinate bonds per ligand
or multidentate (e.g. EDTA4- which can form six coordinate bonds per ligand).

H2O, NH3 and Cl− can act as monodentate ligands.
The ligands NH3 and H2O are similar in size and are uncharged.
Exchange of the ligands NH3 and H2O occurs without change of co-ordination number (eg Co2+ and Cu2+).

[Co(H2O)6]2+
(aq) + 6NH3 (aq) [Co(NH3)6]2+

(aq) + 6H2O (l)

This substitution may, however, be incomplete as
in the case with Cu. Cu becomes [Cu(NH3)4(H2O)2]2+ deep blue solution

[Cu(H2O)6]2+
(aq) + 4NH3 (aq) [Cu(NH3)4(H2O)2]2+

(aq) + 4H2O (l)

Reactions with Chloride Ions

Addition of a high concentration of chloride ions (from conc HCl or
saturated NaCl) to an aqueous ion leads to a ligand substitution
reaction.

The Cl- ligand is larger than the uncharged H2O and NH3
ligands so therefore ligand exchange can involve a
change of co-ordination number.

Addition of conc HCl to aqueous ions of Cu
and Co lead to a change in coordination
number from 6 to 4.
[CuCl4]2- yellow/green solution
[CoCl4]2- blue solution

[Cu(H2O)6]2+ + 4Cl-  [CuCl4]2- + 6H2O

These are
tetrahedral in
shape

[Co(H2O)6]2+ + 4Cl-  [CoCl4]2- + 6H2OBe careful: If solid copper chloride (or any other metal) is
dissolved in water it forms the aqueous [Cu(H2O)6]2+ complex
and not the chloride [CuCl4]2- complex.

[Fe(H2O)6]3+ + 4Cl-  [FeCl4]- + 6H2O



Ligands can be bidentate (e.g. NH2CH2CH2NH2 and ethanedioate ion C2O4
2- ) which

have two atoms with lone pairs and can form two coordinate bonds per ligand

Haem is an iron(II) complex
with a multidentate ligand.

A complex with Ethane-1-
2-diamine bidentate
ligands e.g.
[Cr(NH2CH2CH2NH2)3]3+

It has a coordination number of 6

Cu(H2O)6
2+ + EDTA4- [Cu(EDTA)]2- + 6H2O

Equations to show formation of mutidentate complexes

CH2 CH2 NN

CH2

CH2

CH2

CH2

C

C

C

C

O

O

O

-O

-O O-

O-

O

The EDTA4- anion has the formula

with six donor sites(4O and 2N) and forms a 1:1
complex with metal(II) ions

3-

C
C O

O

C

C O

O
C

C

O

O

Cr

O

O

O

O

O

O

3+

H2C NH2

NH2

CH2

H2C NH2

NH2 CH2

CH2

NH2

NH2

Cr

CH2

A complex with
bidentate ethanedioate
ligands e.g. [Cr(C2O4)3]3-

Learn the two bidentate ligands mentioned above but it is not
necessary to remember the structure of EDTA.

There are 3 bidentate ligands in this complex
each bonding in twice to the metal ion.
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Ligands can be multidentate (e.g. EDTA4- which can form six coordinate bonds per ligand).

Bidentate Ligands

Cu(H2O)6
2+ + 3NH2CH2CH2NH2  [Cu(NH2CH2CH2NH2)3]2+ + 6H2O

Cu(H2O)6
2+ + 3C2O4

2- [Cu(C2O4)3]4- + 6H2O

Equations to show formation of bidentate complexes

Octahedral shape with
90o bond angles

Ethane-1-2-diamine is
a common bidentate
ligand.

Ethane-1-2-diamine Ethanedioate

Partial substitution of ethanedioate ions may
occur when a dilute aqueous solution containing
ethanedioate ions is added to a solution
containing aqueous copper(II) ions.  In this
reaction four water molecules are replaced and
a new complex is formed.

2-
OH2

O

O
C

C

O

O

Cu

O

O
C

C
O

O

OH2
Cu(H2O)6

2+ + 2C2O4
2- [Cu(C2O4)2(H2O)2]2- + 4H2O

Multidentate Ligands

Oxygen forms a co-ordinate bond to Fe(II) in
haemoglobin, enabling oxygen to be
transported in the blood.

CO is toxic to humans as CO can from a strong
coordinate bond with haemoglobin. This is a
stronger bond than that made with oxygen and so it
replacesthe oxygen attaching to the haemoglobin.

C2O4
2-
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The substitution of monodentate ligand with a bidentate or a multidentate ligand leads to a more stable complex.
This is called the chelate effect

Stability of complexes

[Cu(H2O)6]2+
(aq) + EDTA4-

(aq)  [Cu (EDTA)]2-
(aq) + 6H2O (l)

The  copper complex ion has changed from having unidentate ligands to a multidentate ligand.
In this reaction there is an increase in the entropy because there are more moles of products than
reactants (from 2 to 7), creating more disorder.

This chelate effect can be explained  in terms of a positive entropy change in these reactions as more
molecules of products than reactants

Free energy ΔG will be negative as ΔS is positive and ΔH is small.

The enthalpy change is small as there are similar numbers of bonds in both complexes.

The stability of the EDTA complexes has many applications. It can be added to rivers to remove
poisonous heavy metal ions as the EDTA complexes are not toxic. It is in many shampoos to remove
calcium ions present in hard water, so helping lathering.

[Co(NH3)6]2+ + 3NH2CH2CH2NH2  [Co(NH2CH2CH2NH2)3]2+ + 6NH3

This reaction has an increase in entropy because of in the increase in moles from 4 to 7 in the
reaction. ΔS is positive.
Its enthalpy change ΔH is close to zero as the number of dative covalent and type (N to metal

coordinate bond) are the same so the energy required to break and make bonds will be the same.
Therefore Free energy ΔG will be negative and the complex formed is stable.

EDTA titrations
The formation of the stable EDTA complex with metal ions can with the choice of suitable indicator be
done in a quantitative titration.

[Cu(H2O)6]2+ + EDTA4-  [Cu(EDTA)]2- + 6H2O Always the same 1:1 ratio with any metal ion

A river was polluted with copper(II)
ions. 25.0 cm3 sample of the river
water  was  titrated with a 0.0150
mol dm–3 solution of EDTA4– , 6.45
cm3 were required for complete
reaction.
Calculate the concentration, in mol
dm–3, of copper(II) ions in the river
water.

Step1 : find moles of EDTA4-

moles = conc x vol =   0.0150 x 6.45/1000
= 9.68x10-5 mol

Step 2 : using  balanced equation find moles Cu2+

1:1 ratio
= 9.68x10-5 mol

Step 3 : find conc Cu2+ in 25cm3

= 9.68x10-5 /0.025
= 0.00387 moldm-3
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Shapes of complex ions

transition metal ions
commonly form octahedral
complexes with small
ligands (e.g. H2O and NH3).

transition metal ions
commonly form
tetrahedral complexes
with larger ligands
(e.g.Cl- ).

square planar
complexes are also
formed, e.g.
cisplatin

Ag+ commonly forms
linear complexes
e.g. [Ag(NH3)2]+ used
as Tollen’s Reagent[Co(NH3)6]2 [Cu(H2O)6]2+ [CoCl4]2-

Isomerism in complex ions

Complexes can show two types of stereoisomerism: cis-trans isomerism and optical isomerism

Ni
NH3

 Cl

H3N

Cl
Ni

Cl

NH3

H3N

Cl

Cis-[Cr(H2O )4Cl2]+

trans-Ni(NH3)2Cl2

Cis-trans isomerism in square planar complexes

AgH3N NH3
+Pt

Cl

Cl

 H3N

 H3NNi
NH3

NH3H3N

H3N

NH3

NH3
2+ 2-

Cu

ClCl
Cl

Cl

Complexes with 3 bidentate ligands can form two optical
isomers (non-superimposable mirror images).

2+

H2C NH2

NH

CH2

H2C NH2

NH CH2

CH2

NH2

NH2

Ni

CH2

2+

CH2
CH2

NH2

NH2

CH2
CH2

NH2

NH2CH2

CH2

NH2

NH2
Ni

-

Optical isomerism in octahedral complexes

Cis-trans isomerism in octahedral complexes

cis–trans isomerism
is a special case of
E–Z isomerism

ClH

Cr
2+

OH2

OH2

OH2

OH2

ClHClH
Cr

2+

OH2

OH2
OH2

OH2

ClH

Cis-Ni(NH3)2Cl2

trans-[Cr(H2O )4Cl2]+

+ +



Formation of coloured ions

Colour changes arise from changes in
1. oxidation state,
2. co-ordination number
3. ligand.

Colour arises from electronic transitions from the
ground state to excited states: between different d
orbitals.
A portion of visible light is absorbed to promote d
electrons to higher energy levels. The light that is not
absorbed is transmitted to give the substance colour.

Changing colour
Changing a ligand or changing the coordination number will alter the energy split between the d- orbitals,
changing E and hence change the frequency of light absorbed.

Ligands cause the 5 d orbitals to
split into two energy levels.

Co(H2O)6
2+ + 4Cl- [CoCl4]2- + 6H2O

pink blue

[Co(NH3)6]2+ (aq) [Co(NH3)6]3+ (aq) +e-

yellow brown

Compounds without colour

Scandium is a member of the d block. Its ion
(Sc3+) hasn't got any d electrons left to move
around. So there is not an energy transfer equal to
that of visible light.

In the case of Zn2+ ions and Cu+ ions the d shell is full
e.g.3d10 so there is no space for electrons to transfer.
Therefore there is not an energy transfer equal to that
of visible light.

O2 In this
equation only
oxidation state
is changing.

Co(H2O)6
2+ + 6 NH3  Co(NH3)6

2+ + 6H2O
Pink yellow brownIn this equation both ligand and co-

ordination number are changing.
In this equation only the ligand is changing.

How colour arises

5

Equation to learn!
This equation links the colour and frequency of
the light absorbed with the energy difference
between the split d orbitals.
E = hv.
v = frequency of light absorbed (unit s-1 or Hz)

h= Planck’s constant 6.63 × 10–34 (J s)
E = energy difference between split orbitals (J)

A solution will appear blue if it absorbs orange light. The
energy split in the d orbitals E will be equal to the
frequency of orange light(5 x1014 s-1) x Planck’s constant
E in a blue solution = hv

= 6.63 × 10–34 x 5 x1014

= 3.32 × 10–19 J
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Average energy of
d orbitals in field of
ligands

dz
2 dx

2
- y

2

dxy dxz dyz

E

Octahedral complex ion

Absorption of visible light is used in spectrometry to
determine the concentration of coloured ions.

method
•Add an appropriate ligand to intensify colour
•Make up solutions of known concentration
•Measure absorption or transmission
•Plot graph of results or calibration curve
•Measure absorption of unknown and compare

If visible light of increasing frequency is passed through a
sample of a coloured complex ion, some of the light is
absorbed.
The amount of light absorbed is proportional to the
concentration of the absorbing species.
Some  complexes have only pale colours and do not
absorb light strongly. In these cases a suitable ligand is
added to intensify the colour.

Spectrophotometry
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Variable oxidation states
Transition elements show variable oxidation states.

When transition metals form ions they
lose the 4s electrons before the 3d.

General trends
•Relative stability of +2 state with respect to +3 state increases
across the period
•Compounds with high oxidation states tend to be oxidising agents
e.g MnO4

-

•Compounds with low oxidation states are often reducing agents e.g
V2+ & Fe2+

Manganate Redox Titration
The redox titration between Fe2+ with MnO4

– (purple) is a very
common exercise. This titration is self indicating because of the
significant colour change from reactant to product.

MnO4
-(aq) + 8H+ (aq) + 5Fe2+ (aq) Mn2+ (aq) + 4H2O (l) + 5Fe3+ (aq)

Purple colourless

Choosing correct acid for manganate titrations.
The acid is needed to supply the 8H+ ions. Some acids are not suitable as they set up alternative redox reactions and
hence make the titration readings inaccurate.
Only use dilute sulphuric acid for manganate titrations.
Insufficient volumes of sulphuric acid will mean the solution is not acidic enough and MnO2 will be produced instead of
Mn2+.
MnO4

-(aq) + 4H+(aq) + 3e-  MnO2 (s) + 2H2O
The brown MnO2 will mask the colour change and lead to a greater (inaccurate) volume of Manganate being used in the
titration.
Using a weak acid like ethanoic acid would have the same effect as it cannot supply the  large amount of hydrogen ions
needed (8H+).

It cannot be conc HCl as the Cl- ions would be oxidised to Cl2 by MnO4
- as the Eo MnO4

-/Mn2+ > Eo Cl2/Cl-
MnO4

-(aq) + 8H+(aq) + 5e–  Mn2+ (aq) + 4H2O(l) E+1.51V
Cl2(aq) +2e– 2Cl–(aq) E +1.36V
This would lead to a greater volume of manganate being used and poisonous Cl2 being produced.

It cannot be nitric acid as it is an oxidising agent. It oxidises Fe2+ to Fe3+ as Eo NO3
-/HNO2> Eo Fe3+/Fe2+

NO3
- (aq) + 3H+(aq) + 2e–  HNO2(aq) + H2O(l) Eo +0.94V

Fe3+ (aq)+e–  Fe2+ (aq) Eo +0.77 V
This would lead to a smaller volume of manganate being used.

The purple colour of manganate can make it
difficult to see the bottom of  meniscus in
the burette.

If the manganate is in the burette then the
end point of the titration will be the first
permanent pink colour.
Colourless purple
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Vanadium has four main oxidation states

VO2
+ Oxidation state +5 ( a yellow solution)

VO2+ Oxidation state + 4 (a blue solution)

V3+ Oxidation state + 3 (a green solution)

V2+ Oxidation state + 2 (a violet solution)

Vanadium
The ion with the V at oxidation state +5 exists as a solid
compound in the form of a VO3

- ion, usually as NH4VO3
(ammonium vanadate (V). It is a reasonably strong
oxidising agent. Addition of acid to the solid will turn into
the yellow solution containing the VO2

+ ion.

Addition of zinc to the vanadium (V) in acidic solution will reduce the vanadium down through each successive
oxidation state, and the colour would successively change from yellow to blue to green to violet

[Ag(NH3)2]+ is used in Tollen’s reagent to distinguish between aldehydes
and ketones . Aldehydes reduce the silver in the Tollen’s reagent to silver.

Red ½ eq: [Ag(NH3)2]+ + e-  Ag +2NH3

Ox ½ eq: CH3CHO + H2O CH3CO2H + 2H+ + 2e-

The redox potential for a transition
metal ion changing from a higher to a
lower oxidation state is influenced by
pH and by the ligand.
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Other useful manganate titrations
With hydrogen peroxide

Ox H2O2  O2 + 2H+ + 2e-

Red MnO4
-(aq) + 8H+(aq) + 5e-  Mn2+ (aq) + 4H2O

Overall 2MnO4
-(aq) + 6H+(aq) + 5H2O2  5O2 + 2Mn2+ (aq) + 8H2O

Ox C2O4
2- 2CO2 + 2e-

Red MnO4
-(aq) + 8H+(aq) + 5e-  Mn2+ (aq) + 4H2O

Overall 2MnO4
-(aq) + 16H+(aq) + 5C2O4

2-(aq) 10CO2(g) + 2Mn2+(aq) + 8H2O(l)

With ethanedioate

With Iron (II) ethanedioate both the Fe2+ and the C2O4
2- react with the MnO4

-

1MnO4
- reacts with 5Fe2+ and 2 MnO4

- reacts with 5C2O4
2-

MnO4
-(aq) + 8H+(aq) + 5Fe2+  Mn2+ (aq) + 4H2O + 5Fe3+

2MnO4
-(aq) + 16H+(aq) + 5C2O4

2-  10CO2 + 2Mn2+ (aq) + 8H2O
So overall
3MnO4

-(aq) + 24H+(aq) + 5FeC2O4  10CO2 + 3Mn2+ (aq) + 5Fe3+ + 12H2O

So overall the ratio is 3 MnO4
- to 5 FeC2O4

The reaction between MnO4
- and

C2O4
2- is slow to begin with (as

the reaction is between two
negative ions). To do as a titration
the conical flask can be heated to
60o C to speed up the initial
reaction.

Be able to perform calculations for these titrations and for
others when the reductant and its oxidation product are given.

A 2.41g nail made from an alloy containing iron is
dissolved in 100cm3 acid. The solution formed
contains Fe(II) ions.
10cm3 portions of this solution are titrated with
potassium manganate (VII) solution of 0.02M.
9.80cm3 of KMnO4 were needed to react with the
solution containing the iron.
What is the percentage of Iron by mass in the nail?

Manganate titration example

MnO4
-
(aq) + 8H+

(aq) + 5Fe2+  Mn2+
(aq) + 4H2O + 5Fe3+

Step1 : find moles of KMnO4

moles = conc x vol
0.02 x 9.8/1000

= 1.96x10-4 mol
Step 2 : using  balanced equation find moles Fe2+ in 10cm3

= moles of KMnO4 x 5
= 9.8x10-4 mol

Step 3 : find moles Fe2+ in 100cm3

= 9.8x10-4 mol x 10
= 9.8x10-3 mol

Step 4 : find mass of Fe in 9.8x10-3 mol
mass= moles x RAM = 9.8x10-3 x 55.8 = 0.547g

Step 5 : find % mass

%mass = 0.547/2.41 x100

= 22.6%
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A 1.412 g sample of impure FeC2O4.2H2O
was dissolved in an excess of dilute
sulphuric acid and made up to 250 cm3 of
solution. 25.0 cm3 of this solution
decolourised 23.45 cm3 of a 0.0189 mol
dm–3 solution of potassium
manganate(VII).
What is the percentage by mass of
FeC2O4.2H2O in the original sample?

Step1 : find moles of KMnO4

moles = conc x vol
0.0189 x 23.45/1000

= 4.43x10-4 mol
Step 2 : using  balanced equation find moles FeC2O4.2H2O in 25cm3

= moles of KMnO4 x 5/3 (see above for ratio)
= 7.39x10-4 mol

Step 3 : find moles FeC2O4.2H2O in 250 cm3

= 7.39x10-4 mol x 10
= 7.39x10-3 mol

Step 4 : find mass of FeC2O4.2H2O in 7.39x10-3 mol
mass= moles x Mr = 7.39x10-3 x 179.8 = 1.33g

Step 5 ; find % mass

%mass = 1.33/1.412 x100

= 94.1%
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Transition metals and their compounds can
act as heterogeneous and homogeneous
catalysts.

Catalysis

A heterogeneous catalyst is in a different phase from the reactants

A homogeneous catalyst is in  the same phase as the reactants

Surface area:
Increasing the surface area of a solid catalyst will
improve its effectiveness. A support medium is often
used to maximise the surface area and minimise the
cost (e.g. Rh on a ceramic support in catalytic
converters).

Heterogeneous catalysts are usually solids
whereas the reactants are gaseous or in solution.
The reaction occurs at the surface of the catalyst.

Heterogeneous catalysis
Adsorption of reactants at active sites on the surface
may lead to catalytic action. The active site is the place
where the reactants adsorb on to the surface of the
catalyst. This can result in the bonds within the reactant
molecules becoming weaker, or  the molecules being held in
a more reactive configuration. There will also be a higher
concentration of  reactants at the solid surface so leading to
a higher collision frequency.

Transition Metals can use the 3d and 4s e- of atoms on the
metal surface to form weak bonds to the reactants.

Steps in Heterogeneous Catalysis

1. Reactants form bonds with atoms at active sites on
the surface of the catalyst (adsorbed onto the
surface)

2. As a result bonds in the reactants are weakened
and break

3. New bonds form between the reactants held close
together on catalyst surface.

4. This in turn weakens bonds between product and
catalyst and product leaves (desorbs).

Strength of adsorption
The strength of adsorption helps to determine the
effectiveness of the catalytic activity.
Some metals e.g. W have too strong adsorption and
so the products cannot be released.
Some metals e.g. Ag have too weak adsorption, and
the reactants do not adsorb in high enough
concentration.
Ni and Pt have about the right strength and are most
useful as catalysts.

Catalysts increase reaction rates without getting used up. They do this by providing an
alternative route with a lower activation energy.

V2O5 is used as a catalyst in the Contact Process.
Overall equation : 2SO2 + O2 2SO3
step 1 SO2 + V2O5  SO3 +  V2O4
step 2 2V2O4 +  O2  2V2O5

Examples of heterogeneous catalysts
Learn the equations for this mechanism. Note the oxidation
number of the vanadium changes and then changes back. It is
still classed as a catalyst as it returns to its original form.

Cr2O3 catalyst is used in the manufacture of
methanol from carbon monoxide and hydrogen.
CO + 2H2  CH3OH

Fe is used as a catalyst in the Haber Process
N2 + 3H2  2NH3

Poisoning Catalysts
Catalysts can become poisoned by impurities
and consequently have reduced efficiency.

Poisoning has a cost implication e.g. poisoning by sulphur
in the Haber Process and by lead in catalytic converters
in cars means that catalysts lose their efficiency and may
need to be replaced.

Leaded petrol cannot be used in cars fitted with a catalytic
converter since lead strongly adsorbs onto the surface of
the catalyst.

It is important to ensure the purity of the
reactants if poisoning can occur.

When catalysts and reactants are in the same phase,
the reaction proceeds through an intermediate species.

Homogeneous catalysis

The intermediate will often have a different oxidation state
to the original transition metal. At the end of the reaction
the original oxidation state will reoccur. This illustrates
importance of variable oxidation states of transition
metals in catalysis.
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Examples of homogeneous catalysts

The reaction  between I- and  S2O8
2- catalysed by Fe2+

overall S2O8
2- + 2I-  2SO4

2- +  I2

Catalysed alternative route
stage 1 S2O8

2- + 2Fe2+ 2SO4
2- +  2Fe3+

stage2 2I- + 2Fe3+ 2Fe2+ +  I2

The uncatalysed reaction is very slow because the reaction
needs a collision between two negative ions. Repulsion
between the ions is going to hinder this – meaning high
activation energy.

Learn these 2 examples and equations carefully

Both of the individual stages in the catalysed mechanism
involve collision between positive and negative ions and will
have lower activation energies.

The autocatalysis by  Mn2+ in titrations of C2O4
2- with MnO4

-

overall 2 MnO4
- + 5 C2O4

2- + 16 H+ 2Mn2+ + 10 CO2 + 8 H2O

Catalysed alternative route
Step 1 4Mn2+ +  MnO4

- + 8 H+ 5Mn3+ + 4 H2O
Step 2 2Mn3+ + C2O4

2- 2Mn2+ + 2 CO2

The  initial uncatalysed reaction is slow because the reaction is a
collision between two negative ions which repel each other
leading to a high activation energy.
The Mn2+ ions produced act as an autocatalyst and therfore the
reaction starts to speed up because they bring about the alternative
reaction route with lower activation energy.
The reaction eventually slows as the MnO4

- concentration drops.

This is an example of autocatalysis where one of the
products of the reaction can catalyse the reaction.

Mixture with only
reactants showing
effect of
autocatalysis

Mixture with
added
catalyst Mn2+

at start

Following the reaction rate
This can be done by removing samples at set times and titrating to work out the concentration of MnO4

- .
It could also be done by use of a spectrometer measuring the intensity of the purple colour. This method has the
advantage that it does not disrupt the reaction mixture, using up the reactants and it leads to a much quicker
determination of concentration.

Autocatalytic Reaction between Ethanedioate and Manganate ions

Reaction between iodide and persulphate  ions

Fe3+ ions can also act as the catalyst because the two steps in the catalysed mechanism can occur in any order.

9

Constructing a catalysed mechanism for a reaction

Example

The following reaction is catalysed by Co2+ ions in an acidic solution.  SO3
2– + ½ O2 SO4

2–.
Write a mechanism for the catalysed reaction by writing two equations involving Co 2+ and Co3+ ions.

Split the full equation into
its two half equations SO3

2– + ½ O2 SO4
2–

SO3
2– + H2O SO4

2– + 2H+ + 2e-

½ O2 + 2H+ + 2e-  H2O

Add in cobalt to make two
new redox equations.
Making sure the oxidised
cobalt equation is
combined with the original
reduced half equation and
vice versa

Co2+  Co3+ + e-

Co3+ + e- Co2+

½ O2 + 2H+ + 2Co2+  H2O + 2Co3+

2Co3+ + SO3
2– + H2O SO4

2– + 2H+ + 2Co2+

Check your two mechanism
equations add up to the original full
non-catalysed equation.
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Silver Chemistry

Reactions of Halides with Silver nitrate
Fluorides produce no precipitate
Chlorides produce a white precipitate
Ag+(aq) + Cl- (aq)  AgCl(s)
Bromides produce a cream precipitate
Ag+(aq) + Br- (aq) AgBr(s)
Iodides produce a pale yellow precipitate
Ag+(aq) + I- (aq) AgI(s)

The silver halide precipitates can be treated
with ammonia solution to help differentiate
between them if the colours look similar:

[Ag(NH3)2]+ AgBrAgCl
Dilute
NH3

colourless solution

NaBr

Cream
precipitate

Ag

Aldehydes

Conc NH3white
precipitate

[Ag(H2O)2]+
aq

Conc HNO3

Dilute
NH3

NaCl

colourless
solution

Ag+ commonly forms linear complexes
e.g. [Ag(H2O)2]+ [Ag(NH3)2]+,
[Ag(S2O3)2]3- and [Ag(CN)2]-
All are colourless solutions.

AgH3N NH3
+

Silver behaves like the transition metals in that it can form complexes and can show catalytic behaviour
(although it adsorbs too weakly for many examples).
Silver is unlike the transition metals in that it does not form coloured compounds and does not have variable
oxidation states.

Silver complexes all have a +1 oxidation state with a full 4d subshell (4d10). As it is 4d10 in both its atom and
ion, it does not have a partially filled d subshell and so is not a transition metal by definition. It is not
therefore able to do electron transitions between d orbitals that enable coloured compounds to occur.

AgOH2 OH2
+

[Ag(NH3)2]+ is used in Tollen’s reagent to
distinguish between aldehydes and ketones .
Aldehydes reduce the silver in the Tollen’s
reagent to silver.

Silver chloride dissolves in dilute ammonia to form a complex
ion.
AgCl(s) + 2NH3(aq)[Ag(NH3)2]+ (aq)  +  Cl- (aq)

Colourless solution
Silver bromide dissolves in concentrated ammonia to form a
complex ion.
AgBr(s) + 2NH3(aq)[Ag(NH3)2]+ (aq)  +  Br - (aq)

Colourless solution
Silver iodide does not react with ammonia – it is too insoluble.

Red ½ eq: [Ag(NH3)2]+ + e-  Ag +2NH3

Ox ½ eq: CH3CHO + H2O CH3CO2H + 2H+ + 2e-
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Sometimes a compound containing a complex may have Cl- ions acting as ligands inside the complex and Cl- ions
outside the complex attracted ionically to it. If silver nitrate is added to such a compound it will only form the silver
chloride precipitate with the free chloride ions outside of the complex.

e.g. Co(NH3)6Cl3 reacts on a 1:3
mole ratio with silver nitrate as there
are three free Cl- ions. So all 3 Cls
are outside the complex.

e.g. Cr(NH3)5Cl3 reacts on a 1:2
mole ratio with silver nitrate as there
are two free Cl- ions. So 1 Cl is a
ligand and 2  are outside the
complex.

Cr
NH3

NH3

NH3

NH3

NH3

Cl
-

2+
2Cl-

e.g. Cr(NH3)4Cl3 reacts on a 1:1
mole ratio with silver nitrate as
there is one free Cl- ion. So 2 Cl’s
are ligands and 1 is outside the
complex.

Cr
NH3

NH3

NH3

Cl
-

NH3

Cl
-

+
Cl-

Using Silver nitrate to work out formulae of chloride containing complexes

Co
NH3

NH3

NH3

NH3

NH3

NH3

3+
3Cl-



[M(H2O)6]
2+ + H2O                    [M(H2O)5(OH)]+ + H3O

+

1

2.6. Reactions of Inorganic Compounds in Aqueous Solution 

Lewis acids and bases

Definitions: Lewis acid: electron pair acceptor 
Lewis base: electron pair donator 

In the formation of complex ions the ligand is the Lewis 
base because it is donating a pair of electrons in the 
dative covalent bond and the metal ion is the Lewis acid.

Metal-aqua ions

Metal aqua ions are formed in aqueous solution.

[M(H2O)6]
2+, limited to M = Fe (green) and Cu (blue); 

[M(H2O)6]
3+, limited to M = Al (colourless), and Fe (violet) 

In solution and Fe(III) appears 
yellow/brown due to hydrolysis reactions. 
The violet colour is only really seen in 
solid hydrated salts that contain these 
complexes. 

Acidity or hydrolysis reactions 

[M(H2O)6]
3+ + H2O                      [M(H2O)5(OH)]2+ + H3O

+

The following equilibria happen in aqueous solutions of metal ions.
The equilibria lead to generation of acidic 
solutions with M3+ ions, and very weakly 
acidic solutions with M2+ ions. The 3+ ions 
are noticeably more acidic.

The acidity of [M(H2O)6]3+ is greater than that of  [M(H2O)6]2+ in terms of the greater polarising power 
(charge/size ratio) of  the 3+ metal ion. The greater the polarising power, the more strongly it attracts the water 
molecule. This weakens the O-H bond so it breaks more easily.

Reaction with limited OH- and limited NH3

The bases OH- and ammonia when in limited 
amounts form the same hydroxide 
precipitates. They form in deprotonation 
acid base reactions

M(OH)2(H2O)4 (s) : Cu blue ppt, Fe (II) green ppt
M(OH)3(H2O)3 (s)  : Fe(III) brown ppt, Al white ppt

[Cu(H2O)6]2+ 
(aq) + 2OH-

(aq) � Cu(H2O)4(OH)2 (s) + 2H2O (l)

[Al(H2O)6]3+
(aq)  + 3OH-

(aq) � Al(H2O)3(OH)3 (s) + 3H2O (l)

[Fe(H2O)6]2+ 
(aq)  + 2NH3 (aq) � Fe(H2O)4(OH)2 (s) + 2NH4

+
(aq)

[Fe(H2O)6]3+ 
(aq)  + 3NH3 (aq) � Fe(H2O)3(OH)3 (s) + 3NH4

+
(aq)

This process can happen step wise removing one proton at a time. Be able to write equations for this too.

e.g. [Al(H2O)6]3+
(aq)  + OH-

(aq) � [Al(H2O)5(OH)]2+
(aq) + H2O (l)

Reaction with excess OH-

With excess NaOH the Al hydroxide dissolves.
Al  becomes [Al(OH)4]

- (aq) colourless solution.

This hydroxides is classed as amphoteric 
because it reacts and dissolves in both acids and 
bases. 

Al(H2O)3(OH)3 (s) + OH-
(aq )� [Al(OH)4]- (aq) + 3H2O (l) Al(H2O)3(OH)3 (s) + 3H+ 

(aq )� [Al(H2O)6]3+ 
(aq) 

Reaction with excess NH3 

With excess NH3 a ligand substitution reaction occurs with Cu and its precipitate dissolve

This substitution is incomplete with Cu. Cu becomes [Cu(NH3)4(H2O)2]
2+ deep blue solution

Cu(OH)2(H2O)4(s) + 4NH3 (aq) � [Cu(NH3)4(H2O)2]
2+ 

(aq) + 2H2O (l) + 2OH-
(aq)

[Al(H2O)5(OH)]2+
(aq)  + OH-

(aq) � [Al(H2O)4(OH)2]+ (aq) + H2O (l)
Here the NH3 and OH- ions are acting as 
Bronsted-Lowry bases accepting a proton

In this reactions NH3 is 
acting as a Lewis base 
donating an electron pair.
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Reactions with Carbonate solution

The 2+ ions react differently to the 3+ ions with carbonate solutions.

The 2+ ions with carbonate solution results in MCO3 ppt being formed (Cu blue/green, Fe(II) green )

Cu2+ 
(aq) + CO3

2-
(aq) � CuCO3 (s) These are 

precipitation
reactions

The 3+ ions  with carbonate solution form a M(OH)3 ppt and CO2 gas is evolved.

MCO3 is formed with 2+ ions but M2(CO3)3
is not formed with 3+ ions. The difference 
is explained by the greater polarising 
power of the 3+ ion due to its higher 
charge density.

Al forms white ppt of Al(OH)3 (H2O)3 + CO2
Fe(III) forms brown ppt of Fe(OH)3 (H2O)3 + CO2

These are classed as acidity reactions.

Fe2+ 
(aq) + CO3

2-
(aq) � FeCO3 (s)

2[Fe(H2O)6]3+
(aq) + 3CO3

2-
(aq) � 2Fe(OH)3(H2O)3(s) +3CO2 + 3H2O(l)

2[Al (H2O)6]3+
(aq) + 3CO3

2-
(aq) � 2Al(OH)3(H2O)3(s) +3CO2 + 3H2O(l)

[Cu(H2O)6]
2+ + CO3

2- � CuCO3 + 6H2O

[Fe(H2O)6]
2+ + CO3

2- � FeCO3 + 6H2O
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