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You should be able to demonstrate and apply your knowledge and
understanding of: Content

= Acid/base properties of the elements and oxides, including amphoteric behaviour.

e 28 Key ideas in p-block
= The variations in oxidation states on going d groups, including octet chemistry
expansion and the inert pair effect. !
_ 31 Group 3 Chemistry
Electron deficiency in group 3 compoeunds, and the formation of coordinate _
bonds involving these. 33 Group 4 Chemistry

The bonding and structure in hexagonal and cubic boron nitride and how these : 36 Group 7 Chemistry
relate to their properties and uses. :

The bonding, physical properties and redox behaviour of lead and carbon oxides.

Changes in the types of bonding down group 4 as shown by the chlorides CCI,,
SiCl, and PbCl, and their reactions with water.

JIhe reactions of Pb**(aq) with agueous NaOH, Cirand I,

The different reactions of Cl, with both cold and warm aqueous NaOH and the
* warious disproportionation reactions involved, and the uses of the products of
e reactions.

=

The differences in behaviour of NaCl, NaBr and Nal with ¢ Ttrated
Slfuric acid.
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(I.lnk) The chemistry of

v group 7, part of
the p-block, was
discussed in AS
Topic 1.6 on pages
59-60 of the AS
book.

»»» the most common oxidation
states for the p-block elements

»»» the most stable oxidation
state for the p-block elements,
especially those in group 4

+ Study point

[t 15 easier to learn the patiemns in
oxidation states rather than leam
gach element separately. For all
elements, the highest oxidation stats
equals the group number, with
second oxidation state two lower in
THANY CASes.

il

Key ideas in p-block chemistry

The p-block elements are called this as their outer electrons are located in p sub-shells
(2p, 3p. 4p, etc.). You need to be able to write the electronic configurations for these
p-block elements in the second and third periods, i.e. those with outer electrons in the 2p
or 3p sub-shells.

(R RRRR e J[I I

1s? Poe 2p°& 3p°

Every p-block element has a full s sub-shell in their outer shell, with between 1 and 6
further electrons in their p sub-shell.

» Group 3 atoms have 1 electron in their p sub-shells, i.e. outer electrons are s°p.

= Group 4 atoms have 2 electrons in their p sub-shells, i.e. auter electrons are s?p.
= Group 5 atoms have 3 electrons in their p sub-shells, i.e. cuter electrons are s°p°.
= Group 6 atoms have 4 electrons in their p sub-shells, i.e. auter electrons are s”p*.
= Group 7 atoms have 5 electrons in their p sub-shells, i.e. outer electrons are s#p°.

The division of the outer electrons into s-electrons and p-electrons has a substantial
effect on the chemistry of these elements, and so it is imporiant that you can differentiate
between these sets of electrons.

Oxidation states

Elements in the p-block typically show two oxidation states — the maximum oxidation state
which equals the group number, and a lower oxidation state which is two less.

Group 3 Group 4 Group 5
B 3 C 2.4 N 3,5
Al 3 Si 4 P 3,5
Ga 1,3 Ge 2,4 As 35
In 1,3 Sn 2,4 Sb 35
Tl 1,3 Pb 2,4 Bi 35

(Most stable oxidation state shown in bold)




Inert pair effect

The stability of the lower oxidation states becomes greater down the group, as is shown
above. This tendency of the heavier elements to form the lower oxidation state is called
the inert pair effect. For an element in group 4, the outer electronic configuration is;

I 1

ns® np?

= When the element has an oxidation state of 4, it involves all four electrons.

= When the element has an oxidation state of 2, the inner two electrons do not become
involved, and this ns® pair is called the inert pair.

The trend for the ns? electron pair to become an inert pair oceurs in groups 3, 4 and 5 of
the periodic table. It is only the lower members of these groups that show this tendency to
lower oxidation states: +1 for group 3; +2 for group 4 and +3 for group 5. In groups 3 and
4 the lower oxidation state is not abserved in the first two members of each group (with
the exception of +2 in carbon monoxide), but in group 5 the upper members (nitrogen
and phosphorus) exhibit the lower oxidation state more frequently.

Octet expansion

There are significant differences seen between the first members of the p-block groups
and the lower members of these groups. The maximum number of outer shell electrons
that can surround the atoms in the first members of each group (Boron to Neon, 2nd
period elements) is eight — four pairs of electrons. This limits the numbers of bonds that
can be formed in the first row elements:

= Boron: Can form 3 covalent bonds and is electron deficient.
= Carbon: Can form 4 covalent bonds.

= Nitrogen: Can form 3 covalent bonds and one lone pair.

= Oxygen: Can form 2 covalent bonds and two lone pairs.

The other members of each group (3rd period and below) have access to d-orbitals that
are not present in the second shell. This allows them to ‘expand their octet’ which means
every electron in the outer shell can be used to form a covalent bond as there is no longer
a limit of 8 electrons in the outer shell. This affects the numbers of bonds that can be

= Phosphorus: can form 5 covalent bends, e.g. PCI..

= Sulfur: can form 6 covalent bonds, e.g. SF..

formed for elements in groups 5, 6 and 7:

[-_ Chlorine: can form up to 7 covalent bonds, e.g. ClO,~.

)/3/3 Chemistry of the b’-b_loCR.

‘J Key Terms

Inert pair effect is the tendency
of the s* pair of electrons in an
atom to stay paired leading to a
lower oxidation state.

Octet expansion is the ability of
some atoms to use d-orbitals to
have more than 8 electrons in their
valence shell,

2 Challenge

What causes the inett pair effect?

Fora group 4 atom to form four
bonds, the pair of 5 electrons must
be unpaired, which requires energy
10 move an eléctron from the s to

p sub-shell This becomes more
difficult down the group.

The unpaiting energy must coms
from the snergy reieased when
bonds are formed and as you go
down the group, the bonds get
weaker, 50 less energy is released as
they form. For the lowest members
of the group. the energy released

by making two extra bonds is not
enough to balance the energy
needed to move an eleciron from the
g to p aub-ghell.
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@&(hallenge

The change ffom non-metal to
metal on going down the group is
linked to the ionisalion energy ol
the elements. lonisation energy
decreases on going down a group
5o i1 15 easier for the atoms 1o form
positive ions. This allows the atoms
o contribute to icnic bonding with
non-metals and helps the elements
form metallic bonding, as the atoms
form positive ions and a sea of
delogalised electrons easily.

J Key Term

Amphoteric materials react with
both acids and bases,

+ Study point

When learning the equations for the
reactions of acids and alkalis with
amphoteric metals, remembper that
the equations for all melals forming
+2 ions have similar formulas and
the same balancing numbers, You
do not need 1o leam each metal
separalely, as zine, lzad (1) and

tin (T1) will behave similarly

@éfﬁaﬂenge

All acid+base reactions can be
treated as reversible reactions, s0 &
reaction written as

Pb* {aq) + 2 OH- {aq) —> Pb(OH), (s)
gan be treated as showing

Ph* acting as an acid, agitis
reacting with hydroxids ions. It can
also be lreated as

Ph{OH), — PB* + 2 OH-, which
shows Pb(CH]), acting as & base.

- .-"""\/Knowledge check
Write two chemical equations

to show [hat zing oxide is an
ampholernc oxide,

Metallic properties

In the p-block the elements at the top of each group.are non-metals, such as boron,
carbon or nitrogen, whilst the elements at the bottom of each group are metals such as
thallium, lead or bismuth. This change in properties leads to the characteristic zig-zag line
between metals and non-metals.

L g 3 4 H6 7 8
T\ He

Li | Be ' 0| F |Ne
Na | Mg Cl | Ar
K|Ca|Sc|Ti|V |Cr|{Mn|Fe|[Co|Ni|Cul|Zn 5 | Se | Br | Kr
Rb|Sr| Y |Zr [Nb|Mo|Te |Ru|Rh|Pd|Ag|Cd| In sblTell | | Xe
Cs|Ba|la|Hf|Ta|W |[Re|Os| Ir | Pt |Au|Hg]| Tl Bi | Po| At | Rn
i

This change in metallic character has a significant effect on the bonding and properties of
the p-block compounds.

Amphoteric behaviour

Many p-block elements form amphoteric oxides, and these are typically metals close to
the line separating metals and non-metals. They show both acidic and basic properties.
To show amphoteric behaviour, we must show that an element or its compounds react
with both acids and bases. Typically this would be to show the material reacting with an
acid such as hydrochloric or nitric acid and sodium hydroxide:

For aluminium oxide or hydroxide:

6HCI — 2AICL +3H.0 or A!(OH) +3H" = A=
[ ord” sal  Defer
ALO, + 2NaOH + 3H,0 — 2NalAl(OH} or  Al(OH), + OH
ac-«.al nse JCZ. -

For lead (Il) oxide or hydroxide:

+2HNO, = Pb(NQ.), + H,0  or
u 2ol Jefr
PbO + 2NaOH +H,0 = Na,[Pb(OH),] or Pb(O
Soiutions contammg amphoteric metal compounds form precipitates when sodium
hydroxide is added to their solutions. These precipitates are metal hydroxides. Since the
hydroxides can react with more sodium hydroxide, these precipitates will then redissolve:

Pb(OH), + 2H* — Pb* +2H,0

H), + 20H- —> [Pb(OH), >

For aluminium:

Al (aq) + 30H- (ag) = AI(OH), {s) ther\ AIOH), (s) + OH (ag) — [AI(OH), |- (aq)

For lead:

Pb* (ag) + 20H (ag) = Pb(CH), (s therﬂ Pb(OH), (s) + 20H (ag) — [Pb(OH),J* (aq)
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3.3 Chemistry of the p-block

Group 3 chemistry

The two most common elements in group 3 are the first two in this group: boron and
aluminium. These elements have very different physical properties as one is a non-
metal and the other is a metal. Although aluminium is a metal, it has a relatively high

Wechﬁﬂega’tiwty.so some of its compounds are covalent and show some similarities to
2nalogous compounds of boron.

i
gl
felectron o
deficiency on the compounds |

f group 3 eleme

»»» the bonding, structure an
properties of the allotropes of
boron nitride

Electron deficiency

An electron-deficient atom is one that does not have a full outer shell, i.e. has fewer
than eight electrons in its outer shell. When elements in group 3 form com pounds, they
commonly form three covalent bonds such as in BF,, BCI, and AICL. In each of these
cases the three electrons from the group 3 atom (shown as dots below) form covalent

bonds with hal toms.
nds w Ogenl?’\oCONf\Lte ok - eh:rja«o-(

ﬁbia_w .
m & 6& 0
% £ -
Link’)) The formation of
v coordinate bonds
in compounds such
Fii BG, Al as these is included
70 fill their outer shell, these atoms will often form co-ordinate bonds to gain extra electron in AS Topic 1.4 on
pairs (they are electron acceptors). This may be done by reacting with other compounds, gigf: 47 of the AS
or by forming dimers, as in the case of AICL, in the gas phase, which forms ALCI, dimers: ’

" n ] Ill/'
L
Knowledge aheﬂkv
ravw a dot-and-cross diagram to
show the bonding in the compound
formed when boron trichloride (BCL)
\ 1= mixed with phosphine (PH,).

Cl

W this case, each electron deficient aluminium atom uses a lone pair on a chlorine atom
%0 form a coordinate bond.

ke aluminium chloride dimer no longer has any electron-deficient atoms as each
minium atom has eight electrons in its outer shell. Other molecules can also form o {
“o-ardinate bonds to remove their electron deficiency. These compounds are classified . °‘>{$
& donor-acceptor compounds, where one molecule donates a lone pair and the other A < B = :N e «
‘&ccepts it. A typical example is the compound formed between electron-deficient BF. and o b fo
e lone pair on NH,. Once again the compound formed is no longer electron deficient.
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Boron forms a large variety of compounds with nitrogen, and these have been of great
interest due to the analogy between the B—N bond and the C-C bond. In each case there
are a total of 12 electrons on the two atoms. The atomic radii of all the atoms are similar
with carbon being almost exactly the average of the radii of boron and nitrogen, with a
similar relationship in their electronegativities. This leads to boron nitride, BN, having
several forms which are similar to the several different forms of carbon.

%{»g N Structure of boron nitride N
i
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f 4 Link’® The structures
b W of diamond and
graphite are
included in AS Topic
| 1.5 on page 54 of the
| AS book.
|
|
() Hexagonal beron nitride (b) Cubic boron nitricle
| Layers where nitrogen and boron atoms combined in Boron and nitrogen atoms combine three-
F a hexagonal network are superimposed and have 2 dimensionally replacing carbon atoms in diamarnd
structure similar to graphite.
diamond

Hexagonal boron nitride (‘graphite structure’)

Boron nitride can form hexagonal sheets similar to those found in graphite, but in this
case the atoms in different layers lie directly above one another, with each boron having
a nitrogen atom directly above and below it. This differs from graphite as the layers

in graphite are arranged so that atoms on adjoining layers are not directly above one
another. The forces between layers are weak so boron nitride shares the ability for layers
to slip over one another with graphite, so it is used as a lubricant.

The electrical properties of boron nitride are very different from graphite as there are
no delocalised electrons present, with electrons localised as lone pairs on nitrogen
atoms. The B-N bonds are polar due to the different electronegativities of the two
atoms. This makes BN an insulator and leads to its use in electronics as a substrate for
semiconductors, microwave-transparent windows, and a structural material for seals.
electrodes and catalyst carriers in fuel celis and batteries.

Cubic boron nitride (‘diamond structure’)

Like diamond, cubic boron nitride is extremely hard with a high melting point as covalent
bonds must be broken to break or melt the solid. This leads to its use as a wear-resistant
coating or an industrial abrasive.
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Group 4 chemistry

Group 4 contains a range of metals and non-metals, with most being familiar names to
chemists and non-chemists alike. Indeed most of the elements in this group have been
known for a very long time with carbon, tin and lead known for thousands of years. The
changes from the top to the bottom of the group are amongst the most significant of all
the groups in the periodic table. The first element, carbon, is a non-metal which forms a
huge range of covalent compounds with the carbon showing a +4 oxidation state, whilst
the heaviest stable member of the group, lead, is 2 metal which generally forms ionic
compounds with the +2 oxidation state being most stable.

SulyTH T =Sl 4 T,

The oxides of carbon and lead: redox
properties

The oxidation states shown in group 4 are +2 and +4, with the stability of the +2 oxidation
state increasing down the group as the inert pair effect becomes more significant. The
most stable oxidation state for all the elements in the group is +4 apart from lead where
the +2 oxidation state is most stable. The stability of these oxidation states governs the
redox properties of the compounds, and the oxides of carbon and lead exemplify this.

Carbon

Carbon dioxide, CO,, is the most stable oxide of carbon. Carbon monaxide, CO, is the only
stable compound to contain carbon in the +2 oxidation state. CO will act as a reducing
agent as it easily becomes oxidised from +2 to +4. Carbon monaxide is used as a

reducing agent, especially for extracting metals from their oxides. For example:
+ +2 (=

+y
Iron Fe,0, (s) +3CO (g) —> 2Fe (s) + 3CO, (g)

+2- +2 [ W
Copper CuO (s) + CO (g) = Cu(s) + CO, (g)

This method can only be used for the oxides of the less reactive metals. The oxides of the
more reactive metals (anything above zinc in the reactivity series) are too stable, and so

will not react. bt 2
=l IR
Lead PLO i 22 = ?‘ﬁ
ea £2 Ol eged . *u
Lead (I1) oxide, PbO, is the most stable oXide of lead. Lead (IV) oxide, PbO,, will act as an

oxidising agent as it easily becomes reduced from +4 to +2. All lead (IV) compounds are

oxidising agents, so PbO, may be used for this purpose:
+y =] +2 o
PbO, (s) + 4HCI (conc) —> PBCL, (s) + Cl, (g) + 2H.0 (1)

b eeme S

The oxides of carbon and lead: acid-base
properties

In general we can classify metal oxides as basic oxides and non-metal oxides as acidic
oxides. Some metals form amphoteric oxides that can show both acidic and basic
properties. The change from non-metal at the top of group 4 to metals at the bottom of
the group is reflected in the acid-base properties of the oxides.

. »»» the properties of the oxides of
carbon and lead
" »»» the behavior of the chlorides
i of carbon and silicon

+ Study point
Make sure you are able 1o wrile

squations to show the redox
behaviour of any oxde,

@& Challenge

Although we focus on garbon

and lead here the patierns are

still relevant for the elements in
hetween. The slability of the 42
oxidation state increases down the
group; however, it 1s only lead that
has +2 a8 the most stable cxidation
state. n terms of the acid-base
properties, both carbon dioxide and
gilicon dioxide are acidic: however,
oxides of germanium, tin and lead
ars ampholeric.
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water reacts with it to release acidic
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Key Term

Octet expansion is the ability

of an atom to form species with
more than eight electrons in

the valence shell. These may be
stable compounds, such as SF,, or
intermediate stages in a reaction
mechanism such as the coordinate
bonding of water to SiCl .
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-
Energy calculations suggest that
carbon tetrachlonds should react
easily with water to form carbon
dioxide; however, the reaction does
not occur as it would be too slow —
we say that the carbon letrachlonde
shows kinetic stability

| WECALevel ChemisryiUnttd

Carbon

Carbon dioxide is a colourless gas made up of small covalent molecules. This is an acidic

oxide as the oxide is soluble in water to give the very weak acid, carbonic acid: U

CO, (g) + H,0 () == H" (aq) + HCO, (aq)

LCO-3

Like all acidic oxides, carbon dioxide will react with alkalis to form a salt. All salts
produced in this way are carbonates or hydrogencarbonates:

Lead

CO, (g) + 2NaOH (ag) — Na,CO, (aq) + H,0 (

CO, (g) + NaOH (ag) = NaHCO, (aq)
i ——

)

Sn O, \buid

ShE

Lead (II) oxide, PbO, is an orange solid which contains bonding which is mainly ionic.
Lead (I1) oxide is an amphoteric oxide, so it reacts with acids and bases:

&%SH%NOE (aq) = Pb(NO,), (aq) + H.0 (1)

Pb0O (s) + 2Na0OH (aq) + H:O (1) = Na.[Pb(OH),] (aq)
ared.

Acting as base

Acting as an acid

(2] 2) zo19.
T

The chlorides of carbon, silicon and lead

Carbon and silicon

The stable chlorides of carbon and silicon are the tetrachlorides, CCI, and SiCl,. These are
both colouriess liquids containing individual covalent molecules. The molecules found in
both are tetrahedral, due to the 8 electrons in the valence shell. For CCl,, the electronic
configuration is as shown:

(il

2s 2p

Cl

C
'/,,’fn
] represents an electron from Carbon ‘e,
cl

L represents and electron from Chlorine ci

Reactions with water

Cl

CCl, does not react with water as it merely forms a separate layer under the water. The
carbon atom cannot combine easily with water molecules. This lack of reactivity is due to
the absence of available d-orbitals in the valence shell meaning that the octet cannot be
expanded to allow the water molecules to combine with the carbon atom,

Silicon tetrachloride, SICl,, reacts very quickly with water in a hydrolysis reaction. This

reaction produces fumes of hydrogen chloride gas, and silicon dioxide, SiO,, as a solid
precipitate. The reaction becomes more vigarous down the group as the bonds in the
compound become weaker.

SiCl, () + 2H,0 () — SI0, (s) + 4HCI (g)

The reason for the increased reactivity is that silicon possesses available 3d-orbitals in
addition to the 3s and 3p orbitals involved in bonding to the chlorine atoms, The lone
pairs of the water can form co-ordinate bonds with these empty d-orbitals, giving a

complex molecule that can then eliminate two HCI molecules.

Iy St
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This molecule can then eliminate two more molecules of HCl to leave SiO,.

You may also see the product of the reaction written as Si(OH),, with the overall reaction
written as:

SiCl, (1) + 4H,0 (1) = Si(OH), (s) + 4HCl (g)

Soth of these alternatives are acceptable, as the nature of the product formed is not well
defined. Hydrated silicon dioxide (Si0,.2H,0) has the same overall composition as silicon
hydroxide (Si(OH),) and spectroscopic analysis does not distinguish between these.

Lead

Lead (I1) chloride is the most stable chloride of |lead. It is a white icnic solid made up of
Pb? and CI ions. As it is an ionic compound, it does not react with water, but neither
does it dissolve in cold water, although it can be dissolved in hot water. This is in common
with most lead (ll) compounds, which are insoluble in cold water.

Reactions of solutions of lead (II) compounds,

Pb* (aq)

Lead (1) compounds are ionic compounds and practically all of them are insoluble in
water. The only two common compounds which dissolve readily in cold water are lead
nitrate, Pb(NO,),, and lead ethanoate, Pb(CH.CQO),. The reactions of solutions of these
salts with various anions produces a range of precipitates:

Solution Anions Observation/explanation
added present

NaOH (aq) | OH-(ag) | An initial white precipitate of Pb(OH), is formed:
Pb* (aq) + 20H-(aq) —> Pb(OH), (s)

EXCess OH-(ag) | The white precipitate redissolves in excess OH (ag) to
NaOH (aq) form the tetrahydroxaplumbate (11) ion:

PB(OH), (s) + 20H- (aq) —> [Pb(OH),I* (aq)

HCI (aqg) A dense white precipitate of lead chloride,
PbCL, is formed:

Pb* (aqg) + 2CI- (aq) —> PbCI, (s)
A dense bright yellow precipitate of lead iodide,
Pbl, is formed: /

Pb* (aq) + 21~ (aq)  —> Pbl, (s)
THIS IS A KEY OBSERVATION TO IDENTIFY Ph* IONS

)

¢ Link’p The reasons for the
) solubility, or lack of
solubility, of ionic
compounds are
covered in Topic 3.6
on page 62

A lesd indide precipitate is bright yellow
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»»» how the oxidising power of

the halogens governs their

reactions

»»> the reactions of sodium

halides with concentrated
sulfuric acid

~»»» the reactions of chlorine with |
sodium hydroxide il
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¢ Link ) Standard electrode

LY

potentials are
covered in Topic 3.1
on page 14.

Group 7

The group 7 elements are familiar to chemists as a set of diatomic molecules, containing
elements in all three physical states. The chemical properties of the elements are

very similar, with all the elements being non-metals although the range and stability of
oxidation states shows clear patterns on descending the group.

The oxidising power of halogens &2 =, >

The halogens have different strengths as oxidising agents, with their oxidising power
decreasing down the group. This ability to remove electrons from other species can
be measured using the standard electrode potentials for the halogens. The values for
chlorine, bromine and iodine are given below.

Reaction [ E° / Volts
Cl.(g) + 2e — 2CI (aq) l +1.36 i_*/“‘
S'fﬁ.\rd&é“gf Br, () + 2e- — 28r (a6 | T I;f_i"—-\;'
M L_? (s)+2e ; ﬁ 215 (aq) | +.0- 54 (v—:\'

= As the value for chlorine is the most positive, it readily gains electrons to form chloride
ions, CI~. This also shows that it is difficult to oxidise chioride ions to chiorine molecules.

= As the value for iodine is the least positive, it gains electrons less readily than bromine
and chlorine. This also shows that it is easier to oxidise iodide ions than it is to oxidise

promide or chloride ions. 2\ e _._v—)_, A -2LV
Example 2he — B Y ;,e/ ¥

If we bubble chlorine gas into a solution containing bromide ions, the solution goes
orange, showing bromine is being formed. (,1_)_ LSige ol et B{‘_‘__

Cl, (8) + 2Br (aq) —> Br, (aq) + 2CI- (aq)

This occurs because chlorine is a stronger oxidising agent than bromine (it has a more
positive standard electrode potential). This means that chlorine is able to oxidise bromide
to form bromine molecules.

Reactions of concentrated sulfuric acid with
sodium halides

Concentrated sulfuric acid is a strong acid and an oxidising agent. The different ease of
oxidising the halide ions means that the reactions undertaken by the different sodium
halides are very different. When any sodium halide is added to concentrated sulfuric acid,
the hydrogen halide is formed as a steamy gas.

The sulfuric acid or products formed from it may oxidise the halide in the hydrogen halide
to form the haiogen if the halide is relatively easy to oxidise. This process becomes easier
lower down the group.

concentrated

l f/ sulfuric acid

_“ a L3
/ \ \
sodium chloride conc. sulfuric acid hydro
1o dry the gas chioride
gas

Equation

Sulfuric acid + sodium chloride —p sodium hydrogen sulfate +  hydrogen chloride
HSOM  + MNaClis) — MaHS0,(s) + HClg)




Sodium chloride, NaCl

Addition of sulfuric acid to iii“im chloride produces HCl gas. The hydrochloric acid
is difficult to oxidise , and so the sulfuric acid doesn’t cause any redox

reaction.

Knowledge checkv @ _

Use the standard electrode
potentials 1o explain why chlorine is
able to oxidise lodide ions and write
N\ an equation for this process.

NaCl (s) + H,SO, (conc.) = NaHSO, (s) + HCl (g)

Observations: Steamy fumes of HCI

Sodium bromide, NaBr Knowledge cheekv'Q'
Write an eguation for the reaction
of sulturic acid with HI producing
sulfur and I, as significant products, ~
and an equation for sulfuric acid
with Hl producing H.8 and L as

\ Sl gm_ﬁc ant products.

Addition of sulfuric acid to sodium bromide produces HBr gas.

NaBr (s) + H.80, (conc.) = NaHSO, (s) + HBr (g)

The sulfuric acid oxidises some of the HBr to fori iiﬁwn i"mii of Br,, and SO, gas.
The hydrobromic acid is slightly easier to oxidis , and so the sulfuric acid

iy +L -+ L o3
2HBr (s) + H,S0, (cone.) —> SO, (g) + Br, (g) + 2H,0 (1)

Sulfur is reduced from + 6 in H,80, to +4 in SO,.
Bromine is oxidised from -1 in Brto Q in Br..

Observations: Steamy fumes of HBr; Orange fumes of Br..

causes the redox reaction below: ' = |
Sodium iodide, Nal
Addition of sulfuric acid to sodium iodide initially produces HI gas.

Nal (s) + H,SO, (conc.) = NaHSO, (s) + HI (g)

The sulfuric acid easily oxidises th_) to form a complex mixture of

products including 1, (s), SO, (g) and H,S (g). The reaction below occurs:
2HI(s) + H,30, (conc.) —=> 80, (g) + I, (s) + 2H,0 (1)
S is reduced from + 6 in H_SO, to +4 in SO,.

A The adgdition of concentrated sulfuric
acid to sodium bromide.

|is oxidised from 1 in - to Q'in I, I

Further reduction of the sulfuric acid to § (0.S. = 0) and H.S (0.S. =-2) can occur as @& (h a'llieng e

the HI is a better reducing agent than HBr or HCI,
The oxidation states of the

Observations: Steamy fumes of HI, Purple fumes of |, or black solfdfbmwn soluhon halogens studied here reach up !
Smell of rotten eggs (H, SJ yellow solid (S). ;gr;f cggi‘ﬁfd; Sﬂ? flfgjll?aiﬁggen
’R C'[ O in a +7 oxidation state such :
+ A O@ D - H af\oﬁ I lsSTC Ct) ok as the perchlorate fon (CIO;).
15) Compounds containing these ions '
Reactions of ch orine with sodium hydroxide can be very unstable and many are |
shock sensitive They decompose I
We have already seen the most common oxidation states of the halogens, which are 0 in explosively to form compounds
the element and -1 in the halide ions, but there are many other oxidation states possible :”Fgai}e C;lﬁ:me n & less positive
xidation state.

including +1 and +5. The higher oxidation states become more stable as you go down the
group. Fluorine cannot achieve any of the high oxidation states, but all the other members .
of the group can form compounds with oxidation states up to +5 with very electronegative o) 'I:g C‘(. .
elements like oxygen or fluorine. We will examine the chemistry of the ions CIO-(chlorate g

(1), + 1 oxidation state) and CIO, (chlorate (V), + 5 oxidation state). These ions are formed

LY

oy reaction of the elements with an alkali. b
(a A (e Maste ‘F{b% (ot . Ne G2t (/ Ff"\ - |
+<
. 3K
2Nace + (,[ —> i\ha—% I\]a.dD +H20 | bNeo +301, —5Nu + Na €104 +

Sepev
DisproPo ?-’(akm‘ﬁok} I (V) DIPLPo R TTon) bTisnd Sﬂbl‘a;]'é’{d




i Key Term

A disproportionation reaction is
one in which the same element is
both oxidised and reduced, forming
| products containing the element in
| two different oxidation states.

sodilim chiorate (1) in water

'
Link’) The use of chlorine
! in the sterilisation of
water on page 60 of
the AS book.
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I A Bleach is usually a selution of

When chlorine is bubbled through water, a reversible reaction occurs:
Cl, (g + H,0 () = HClI (ag) + HOCI (ag)

In this reaction, the chlorine is being both oxidised and reduced: the element at the start
has an oxidation state of 0. The chlorine in the end has an oxidation state of —1 in HCI,
and +1 in HOCI. A process where an element ends up in two different compounds, one
with a higher oxidation state and one with a lower is called a disproportionation reaction.

This is an equilibrium reaction, and the products are both acids. If we use the
alkali sodium hydroxide instead of water, this will force the equilibrium over to the
right-hand side:

Cl, (g) + 20H" (ag) = CI (2q) + OCI (aq) + H,0 ()

The CIO ion is stable in the solution at room temperature, but on heating with
concentrated sodium hydroxide a further disproportionation reaction occurs:

3Cl, (g) + 60H- (ag) —> 5CI-(aq) + ClO, (aq) +3H,0 (1)

This gives the chlorate (V) ion, where chlorine is in the +5 oxidation state, and to balance
this change from 0 — +5 there must be five chlorine atoms undergoing the 0 —= -1

change in oxidation
_ -+ . —
@2%# b+ be ———3(/(-%3%2()
Uses of chlorine and chlorate ions

The ions formed above are oxidising agents, being reduced in the process:
ClO (ag) + 2H* (ag) + 2~ = CI (aqg) + H,0 (1)
Similarly, elemental chlorine is an oxidising agent:
ClL+2e — 2CI

The oxidising power of chlorine and of chlorate ions is the basis of their use in bleaches,
which are often labelled with the old name of this chemical, sodium hypochlorite. Ne ¢l ©
Bleaching is an oxidation reaction, with the oxidised form of the coloured material or dye
being colourless. Similarly the oxidising ability of CIO- leads to its ability to kill bacteria,

as the microbe cells are oxidised. This is the basis of chlorination of water supplies to

disinfect them.
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