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1. The Group 13 elements

B
Al
Ga
In
Tl

Introduction
In this lesson, we will briefly discuss the chemistry of Group 13 elements (or boron family
of elements) giving special reference to boron and aluminium. This family (formerly Group
III or IIIA) consists of boron (B), aluminium (Al), gallium (Ga), indium (In) and thallium
(Tl). The valence electron configuration of these elements is written as ns2np1 (Table 1.1).
Table 1.1: Some properties of Group 13 elements
Elec. configuration

m.p. / oC b.p. / oC

r()

Eo(M/M) / V

O.N.

B

[He]2s22p1

2300

3930

20

-0.89

+3

Al

[Ne]3s23p1

660

2470

50

-1.89

+3

Ga

[Ar]3d104s24p1

30

2400

62

-0.53

+3

In

[Kr]4d105s25p1

157

2080

81

-0.34

+3, +1

Tl

14

304

1467

95

1.26

+3, +1

10

2

1

[Xe]4f 5d 6s 6p

All the elements show the oxidation state of . Unlike s-block elements which show only
one stable oxidation state (i.e. the Group number) these elements show more than one stable
oxidation state. For example, the heaviest element Tl shows a lower oxidation state of ,
which gets oxidized to +3. In this case, the pair of electrons (i.e. 6s2) occupies the low energy
s-orbital, and the two 6s-electrons are harder to remove than the 6p-electron. This is known
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as the inert-pair effect. As seen in the Table 1.1, the ionic radius of the trivalent ions
increases as you go down the group.
Boron is regarded as a non-metallic element with some metallic characteristics. The other
elements are all metals. Boron has higher first, second and third ionization energies compared
to those of other Group members. Boron compounds are mainly covalent whereas
compounds of other elements are ionic.

1.1 Occurrence and isolation
Boron occurs naturally as colemanite (Co2B6O11•5H2O), orthoboric acid and borax
(Na2B4O7•4H2O or Na2B4O7•10H2O). Acidification of borax gives boric acid B(OH)3 or
H3BO3, which is dehydrated to boric oxide B2O3 by heating.
B4O7+ 5 H2O + 2 H+
2 H3BO3

4 B(OH)3

B2O3 + 3 H2O

Reduction of B2O3 with sodium or magnesium yields boron as a brown amorphous powder.
B2O3(s) + 3 Mg(s)

2 B(s) + 3 MgO(s)

Boron is also produced by the reduction of BBr3 in the presence of H2 in an electric arc.
2 BBr3(l) + 3 H2(g)

2 B(s) + 6 HBr(aq)

Aluminium is the third most abundant element in the earth’s crust. Aluminosilicates are
found in clay, kaolin, mica and feldspar. The more important aluminium ore is Bauxide from
which aluminium is extracted on a large scale. Bauxide (Al2O3) contains more silica and iron
oxides as impurities. Al2O3 is purified by treating the ore with caustic soda (NaOH) to
produce a solution containing aluminate ions, [Al(OH)4] .
Al2O3(s) + 2 OH(aq) + 3 H2O(l)

2 [Al(OH)4](aq)

From this aluminate solution, Al(OH) is precipitated by passing CO2 through the solution.
2 [Al(OH)4](aq) + CO2(g)

2 Al(OH)(s) + CO3(aq) + H2O(l)

Pure aluminium oxide (Al2O3) is precipitated by heating Al(OH)3.
2 Al(OH)3(s)

Al2O3(s) + 3 H2O(l)

The aluminium oxide itself is not suitable for electrolysis since it has a high melting point.
Al2O3 and cryolite (Na3AlF6) are fused at 800-1000oC in a cell consisting of an iron bath
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lined with graphite (Cathode). Carbon rod is used as an anode. Al is discharged at the cathode
and oxygen at the anode.

Activity
1.1

Compare the ionic radii of Na+, Mg2+ and Al3+.

1.2

Give the steps and products obtained during the manufacture of Al from Al2O3.

1.2 Uses
Boron is used as a neutron absorber in nuclear reactors. Boron nitride (BN) is an extremely
hard abrasive material. Borax is used in the production of heat resistant borosilicate glasses
called “Pyrex”.
Alloys of aluminium are used when strength and lightness are needed together, e.g.
manufacture of aircrafts. Aluminium is also used to produce cooking utensils, packaging
material (aluminium foils) and cans to store food items. Al2(SO4)3 is used in water
purification and Al(OH)3 is used in fire extinguishers. Gallium is a semiconductor and it is
used to produce light emitting diodes.

1.3 Oxides of boron and aluminium
Both boron and aluminium are amphoteric: that means, the elements and their oxides react
with both acids and alkali. Action of boron and aluminium with an aqueous alkaline solution
gives metaborate (BO2) and aluminate (AlO2) ions, respectively.
2 B(s) + 2 OH (aq) + 2 HO(l)

2 BO2 (aq) + 3 H2(g)

2 Al(s) + 2 OH (aq) + 2 H2O(l)

2 AlO2 (aq) + 3 H2(g)

In basic media, aluminate (AlO2 ) ion exists as a mixture of complex ions, e.g. [Al(OH)4] ,
[Al(OH)4(H2O)2]or [Al(OH)6] .
Unlike other metals, boron does not give H2 with acids such as H2SO4 or HNO3. Instead,
boron reduces these acids to produce orthoboric acid.
2 B(s) + 6 HNO3(aq)

2 H3BO3(aq) + 6 NO2(g)

Aluminium gives off hydrogen when reacted with HCl and H2SO4, but it does not react with
HNO3. HNO3 is known to render the metal surface passive.
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Boron reacts with oxygen (when heated) to give boric oxide, B2O3; but it is generally
prepared by heating boric acid.
2 H3BO3(s)

B2O3(s) + 3 H2O(g)

Boric oxide can exist in two forms; a glassy solid or a crystalline solid. When heated with
transition metal oxides it forms metaborates with characteristic colours. This is known as the
borax-bead test used in qualitative inorganic analysis. For example, borax-bead test of CoO
gives a deep blue colour.

CoO(s) + B2O3(s) 
Co(BO2)2(s) (deep blue)


Boric acid dissolves in water to form the anion [B(OH)4] and H3O+
H3BO3(s) + 2 H2O(l)
[B(OH)4] (aq) + H3O+(aq)
Thus the acidity of H3BO3 is due to abstraction of OH ion from a water molecule (producing
a H+ ion) and not due to H+ donation by H3BO3. H3BO3 is a monobasic/monoprotic acid not a
triprotic acid.
H3BO3
3 H+ + BO3

H3BO3 is a very weak acid but may be converted to a relatively strong monobasic acid by the
addition of cis-dihydroxy compounds such as mannitol HOCH2[CH(OH)]4CH2OH or
glycerol HOCH2CH(OH)CH2OH. (R = H, alkyl group)

This phenomenon is attributed to the formation of a complex between boric acid and the
alcohol.
This complex (HY) can be titrated with NaOH using phenolphthalein as the indicator.
HY(aq) + NaOH(aq)

NaY(aq) + H2O(l)

What is a monobasic acid? A monobasic acid is an acid which dissociates to give one proton
(H+) per acid molecule, e.g. HCl, HBr, HCN etc. Thus, triprotic acid or tribasic acid produces
three protons per acid molecule. e.g. H3PO4.
H3PO4

  

3 H+ + PO4
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Aluminium oxides
Aluminium oxide Al2O3 is prepared in the laboratory by either heating aluminium powder in
air or by heating the hydroxide.
Aluminium hydroxide is obtained as a gelatinous white precipitate when hydroxyl ions are
added to a solution of an aluminium salt. In the presence of an excess of a strong base, the
Al(OH)3 precipitate dissolves:




Al(OH)3(s) OH






 [Al(OH)5](aq) OH

 [Al(OH)6]
[Al(OH)4](aq) OH

Salts containing the ions [Al(OH)4]and [Al(OH)6]have been isolated and these are
generally referred to as “aluminates”.

1.4 Hydrides of boron and aluminium
BH3 can be considered as the simplest hydride of boron but it rapidly dimerises to diborane
B2H6. B2H6 is prepared by reducing BCl3 with LiAlH4.
Et 2 O

4 BCl3(g)

+ 3 LiAlH4(s)




2 B2H6(g) + 3 LiCl(s) + 3 AlCl3(s)

B2H6 is an inflammable gas and it reacts with water to give boric acid.
B2H6(g) + 6 H2O(l)

2 H3BO3(aq) + 6 H2(g)

Activity

1.3

Draw the structure of diborane. Hint: each boron atom is linked to four hydrogen atoms.

Aluminium hydride AlH3 is produced when lithium hydride LiH is reacted with anhydrous
AlCl3 in ether.
3 LiH + AlCl3
AlH3 + 3 LiCl
In the presence of excess LiH, AlCl3 is converted to LiAlH4.
4 LiH + AlCl3

Li[AlH4] + 3 LiCl
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Formation of [AlH4] ion can be seen as coordination of H ion to the electron deficient
AlH3 molecule.
AlH3 + H 
[AlH4]
Lithium aluminum hydride Li[AlH4] is a useful reducing agent. It reduces organic molecules
such as aldehydes, ketones and carboxylic acids to alcohols.
RCHO + LiAlH4

RCH2OH

R2C=O + LiAlH4

R2CHOH

RCO2H + LiAlH4

RCH2OH

e.g. Li[AlH4] reacts violently with water to give hydrogen.
Li[AlH4](s) + 4 H2O(l)

LiOH(s) + Al(OH)3(s) + 4 H2(g)

Li[AlH4] is also used to prepare other inorganic metal hydrides.
Boron also forms the corresponding boron hydride with the anion BH4. Li[BH4] is formed
when diborane is reacted with LiH in dry ether.
2 LiH(s) + B2H6(g)

2 Li[BH4](s)

Li[BH4] is also a good reducing agent.

Halides
Halides (MX3) of Group 13 elements are electron deficient and react with ligands and ions to
form adducts. Let us consider the halides of boron first.

Halides of boron
Boron halides (BX3) are covalent molecules with a trigonal planar geometry and each boron
atom has 6 valence electrons. Some of their properties are given below.
Table 1.2: Some physical properties of BX (X = F, Cl, Br and I)
BF3
BCl3
BBr3
BI3

m.p/oC
-127
-107
-46
50

b.p / oC
-100
13
91
210

B-X distance/pm
130
175
187
210

7
Published by The Open University of Sri Lanka
2015

Thus BF3 and BCl3 are gases at room temperature. BBr3 is a liquid and BI3 is a solid. BF3 can
be made by heating B2O3, CaF2 and concentrated H2SO4.
B2O3(s) + 3 CaF2(s) + 3 H2SO4(l)

2 BF3(g) + 3 CaSO4(s) + 3 H2O(l)

BCl3 and BBr3 can be prepared by direct combination of the two elements. BI3 is made by
heating BCl3 with HI.
We know that boron halides are electron deficient molecules and boron needs two more
electrons to achieve the octet. Thus, these molecules can act as electron acceptors or Lewis
acids. For example, ammonia (:NH3) and diethyl ether (Et2O:) donate a pair of lone-pair
electrons to BF3 to form adducts H3NBF3 and (Et2O)BF3, respectively.

Activity

1.4

Predict the adducts formed when BF3 is treated with (i) NMe3 , (ii) F

Chlorides of aluminium
Aluminium chloride can be prepared by passing dry Cl2 or dry HCl over heated aluminium.
2 Al(s) + 3 Cl2(g)

2 AlCl3(s)

Al(s) + 6 HCl(g)

2 AlCl3(s) + 3 H2(g)

Aluminium chloride exists as the dimer [Al2Cl6] in the vapour phase and in non-polar
solvents. At temperatures above 400oC, the dissociation of a dimer into two monomers takes
place.
Al2Cl6

2 AlCl3

The molecular structure of Al2Cl6 is given below.
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In the dimer, each Al atom has 8 valence electrons and AlCl bond has the covalent
character. Aluminium chloride is used as a Lewis acid in synthetic organic chemistry, e.g.
Freidel-Craft reaction.

1.6 Alums
Aluminium forms sulfate salts with other Group 1 metals (M) to give double salts with the
composition of MAl(SO4)2•12H2O. Thus, the composition of potash alum is
KAl(SO4)2•12H2O of which six water molecules are bound directly to the Al3+ ion to give
[Al(H2O)6]3+ ion. Other six water molecules can be considered as water molecules of
crystallization. Therefore, potash alum has the formula K[Al(H2O)6](SO4)2•6H2O.

Preparation of potash alum
An aluminium foil is first dissolved in a solution of KOH to give a clear solution of
potassium aluminate, K[Al(OH)4].
2 Al(s) + 2 KOH(aq) + 6 H2O(l)

2 K[Al(OH)4](aq) + 3 H2 (g)

Addition of sulphuric acid to this solution followed by crystallization results in the formation
of potash alum KAl(SO4)2•12H2O as white crystals.

Summary


The valence electron configuration of the Group 13 elements can be written as ns2np1.
All the elements show the oxidation state +3.



Boron is a non-metallic element with some metallic characteristics. The other
elements are all metals.



Boron compounds are mainly covalent whereas compounds of other elements are
ionic.



Boron occurs naturally as colemanite, orthoboric acid and borax. Aluminosilicates are
found in clay, kaolin, mica and feldspar. Alumina is produced by extracting Bauxide
(Al2O3).



Both B and Al are amphoteric and their oxides react with both acids and bases.



In water boric acid act as a monobasic acid giving H3O+ and [B(OH)4]



Potash alum is a double salt with the formula K[Al(H2O)6](SO4)2•6H2O.
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Aluminium chloride can be prepared by passing dry Cl2 or dry HCl over heated
aluminium. It exists as a dimer in the vapour phase and in non-polar solvents.



Boron halides are electron deficient molecules and they act as electron acceptors or
Lewis acids. They form adducts with Lewis bases such as amines and ethers.

Learning Outcomes
At the end of this lesson you should be able to


state the forms in which boron and aluminium exist in nature.



explain the variation in physical properties of Group 13 elements, particularly of ionic
radius, melting point, boiling points, standard electron potential.



write the electron configuration of a Group 13 element or ion.



give the preparation methods for boron, aluminium, B2H6, BF3, AlCl3 etc.



write the chemical equations for the reactions of oxides and hydrides of Group 13
elements.

Activity
1.5

What are the uses of aluminium?

1.6

(i) Draw the structure of [BH4].
(ii) What is the valence electron count of boron in [BH4]?

1.7

How would you prepare AlCl3?

1.8

What are the cations and anions formed in an aqueous solution of potash alum?

1.9

What would you get if you react freshly prepared BH3 with
(i) ammonia,
(ii) Et2O and
(iii) NaH at low temperature?
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2. The Group 14 elements
C
Si
Ge
Sn
Pb

Introduction
In this lesson, we will study the physical and chemical properties of Group 14 elements and
important compounds of Group 14 elements (or the carbon family of elements). The Group
14 elements (formerly Group IV or IVA) include carbon (C), silicon (Si), and germanium
(Ge), tin (Sn) and lead (Pb). Carbon forms an entire branch of chemistry known as organic
chemistry which will not be discussed here. Some physical properties of the Group 14
elements are given in Table 2.1. The general valence electron configuration is ns2np2. Carbon
shows the highest melting and boiling points. The first ionization energy is also high for
carbon and it prefers to form covalent bonds. Tin and lead form ionic salts.

Table 2.1: Some physical properties of Group 14 elements
Element Electron Configuration IE /kJ mol-1

m.p. /oC

b.p. /oC

C

[He]2s22p2

1086

3550

4830

Si

[Ne]3s23p2

786

1410

2680

Ge

[Ar]3d104s24p2

760

940

2830

Sn

[Kr]4d105s25p2

710

232

2690

Pb

[Xe]4f145d106s26p2

720

328

1750

Carbon is a non-metal; silicon and germanium are metalloids; tin and lead are metals. Carbon
forms strong single bonds with itself and it also forms double and triple bonds via pπ-pπ
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bonding. The chemistry of carbon and silicon is totally covalent while other elements form
ionic compounds. The oxidation states shown by these atoms are +2 and +4. The stability of
+2 oxidation state increases as you go down the group, for example, Pb2+ is more stable than
Pb4+. Silicon shows stable compounds with the oxidation number +4, for example, SiO2.

Activity

2.1

What are the oxidation numbers of carbon in CO and CO2?

2.2

What is the oxidation number of carbon in CH4?

Each sp3-carbon (e.g. in CH4) forms four bonds; therefore, its valency is four. Valency of a
central atom refers to the number of atoms attached to the central atom. Coordination number
of carbon atom in CO2 and CO3 can be considered as 2 and 3, respectively. Normally the
maximum coordination number of carbon is four as the maximum number of electrons in the
valence shell is eight. However, other family members have low energy d-orbitals available
for bonding and coordination number can range from 4 to 6.

2.1 Occurrence and isolation
Elemental carbon exists in three forms (i) diamond (ii) graphite and (iii) fullerene (C60).

(i)

(ii)

(iii)

Figure 2.1: Allotropes of carbon: diamond, graphite and fullerene (C60) (from reference 7)

Graphite
In graphite, the carbon atoms form planar sheets of fused six-membered rings. Each carbon
atom uses the sp2-hybrid orbital to bond other carbon atoms within the sheet, and its
remaining pz orbital forms an extensive delocalised -system over the sheet. Attraction
between adjacent sheets is weak and so the graphite layers slide over each other very easily.
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Diamond
In contrast to graphite, diamond has an infinite three-dimensional network structure built up
from tetrahedral carbon atoms (sp3) forming strong covalent bonds.

Fullerenes
In 1985, a team of scientists discovered the third allotropic form of carbon called
Buckminster fullerene (C60). There are other forms of carbon such as coke, charcoal and lamp
black which are referred to as amorphous carbon.
Coke is the residue left in the conversion of coal to coal gas. Charcoal is obtained when wood
or similar vegetable matter is heated in the complete absence of air. In Sri Lanka coconut
charcoal is produced by burning coconut shells and it is used for many industrial purposes.
Animal charcoal is produced by heating bones in the absence of air and it contains a high
percentage of calcium phosphate.
Silicon is the second most abundant element in the earth’s crust. It occurs mostly as silica
(SiO2) in quartz and sand and as silicate in rocks and clays. Silicon adopts diamond like
structures. Industrially, silicon is produced by reducing quarts with carbon in an electric
furnace.

SiO2(s) + 2 C(s) 
Si(s) + 2 CO(g)


In a laboratory, silicon is prepared by heating powdered quartz with magnesium powder.
SiO2(s) + 2 Mg(s)

2 MgO(s) + Si(s)

2.2 Oxides
Carbon forms three stable oxides: Carbon monoxide (CO), Carbon dioxide (CO2) and Carbon
suboxide (C3O2).

Carbon monoxide (CO)
There is a triple bond between carbon and oxygen. The lone pair on carbon can be donated to
a metal centre in a low oxidation state to form a metal carbonyl, e.g. [Ni(CO)4]. Carbon
monoxide is a high toxic gas and it is produced in the laboratory by the dehydration of formic
acid with conc. H2SO4.
conc. H 2SO 4

HCOH(l)

  


CO(g) + HO(l)

Carbon monoxide can also be formed by the incomplete combustion of carbon, i.e., when the
oxygen supply is limited.
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C(s) + ½ O2(g)

CO(g)

Carbon monoxide is a strong reducing agent and can reduce most metal oxides to their
metals.
SnO2(s) + 2 CO(g)

Sn(s) + 2 CO2(g)

A mixture of CO and H2 is produced when steam is passed over red hot coke. This mixture
(CO and H2) is known as water gas.
C(s) + H2O(g)

CO(g) + H2(g)

Carbon monoxide combines with Cl2 directly to form the highly poisonous phosgene gas
(COCl2).
CO(g) + Cl2(g)

COCl2(g)

Carbon dioxide
Carbon dioxide (O=C=O) is a linear molecule with two carbon-oxygen double bonds. It is a
colourless gas and it is heavier than air. CO2 is present in air and plants use it to produce
carbohydrates during photosynthesis.
Sunlight

6 CO2(g) + 6 H2O(l)

h

  
 C6H12O6(s) + 6 O2(g)

Carbon dioxide is also formed during the respiration process of all living beings. Carbon
dioxide can be made in the laboratory by reacting carbonate with a strong acid.

CaCO3(s) + 2 HCl(aq)

CaCl2(s) + H2O(l) + CO2(g)

Carbon dioxide is formed upon heating of metal carbonates other than those of alkali metals
and barium.
MgCO3(s)

MgO(s) + CO2(g)

Carbon dioxide is commercially produced as a by-product during the manufacture of
quicklime (CaO) from CaCO3. Fermentation of sugars also produces CO2 and alcohol.
CaCO3(s)

CaO(s) + CO2(g)
14
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C6H12O6

/ 30 C
Yeast



0

2 CH3CH2OH(l) + 2 CO2(g)

Carbon dioxide readily dissolves in water to produce a small amount of carbonic acid as
shown below.
CO2(g) + H2O(l)
H2CO3
H+(aq) + HCO3(aq)
Carbon dioxide is used to produce aerated water in fire extinguishers and in the manufacture
of Na2CO3. Solid CO2 is known as “dry ice”.

Carbon suboxide (C3O2)
It is a linear molecule with pπ-pπ bonding similar to that in carbon dioxide. It can be made by
dehydrating propanediioc (malonic) acid with P4O10.

2.3 Carbonates and bicarbonates
Except Group 1 metal carbonates, all carbonates decompose on heating at temperatures
below 800oC to give CO2 and the free metal or the metal oxide. Except Li2CO3, the other
Group 1 metal carbonates and (NH4)2CO3 are soluble in water. All carbonates react with
dilute acids to give CO2.
Bicarbonates such as NaHCO3, KHCO3 and NH4HCO3 are known in the solid state. Calcium
and magnesium bicarbonates are known as only in solution. Bicarbonates are generally
unstable towards heating and decompose giving carbonates and CO2.

2 NaHCO3(s) 
Na2CO3(s) + H2O(g) + CO2(g)


2.4 Halides
Carbon Halides such as dichloromethane (CH2Cl2), Chloroform (CHCl3) and Carbon
tetrachloride (CCl4) are used as solvents. However, CCl4 is very toxic. Silicon tetrachloride
SiCl4 is also a liquid and it reacts with water to give hydrogen chloride.
Stannic chloride (SnCl4) does undergo hydrolysis readily to form HCl.

15
Published by The Open University of Sri Lanka
2015

SnCl4(s) + 2 H2O(l)

SnO2(s) + 4 HCl(aq)

Lead tetrachloride (PbCl4) is unstable and readily evolves chlorine gas to give lead
dichloride.
PbCl4(s)

PbCl2(s) + Cl2(g)

CHCl3 and CH2Cl2 are not miscible with water and they are used to extract organic
compounds from aqueous solution.

Activity
2.3

PbCl4 can be easily hydrolysed to give HCl. Write the balanced equation for this
conversion?

2.5 Hydrides
Hydrides of carbon are called hydrocarbons and you will study them under organic
chemistry. In saturated hydrocarbons (alkanes) carbon is sp3-hybridised forming four bonds.
Alkenes and alkynes contain sp2- and sp-hybridised carbon atoms, respectively.

Activity
2.4
2.5

Give two examples each for (i) alkanes, (ii) alkenes and (iii) alkynes.
Determine the oxidation numbers of carbon in (i) methane, (ii) ethene, (iii) ethyne,
and (iv) benzene.

Silicon forms a series of hydrides called “silanes” with the general formula SinH2n+2; SiH4 can
be prepared by reducing SiCl4 with LiAlH4.
SiCl4(s) + LiAlH4(s)
SiH4(s) + LiCl(s) + AlCl3(s)

Unlike methane (CH4), these hydrides are extremely reactive and they burn in air to produce
SiO2 and water.
SiH4(s) + 2 O2(g)
SiO2(s) + 2 H2O(l)

16
Published by The Open University of Sri Lanka
2015

SiH4 reacts with alkaline solutions to give hydrogen and silicates (SiO3).

Silicates
About 95% of the earth’s crust is composed of silicates. Rocks, sands and clays are all
silicates. Many building materials are silicates – quarts, mica, granite, slates, bricks, ceramic,
glass and cements.
A mixture of silicates can be prepared by fusing alkali metal carbonates with sand (SiO2) in
an electric furnace at 1400oC.
Na2CO3 + SiO2

Na4SiO4 + (Na2SiO3)n

+ other silicates

The basic tetrahedral unit SiO4 can join with other silicate ion to form large networks.

2.6 Uses
Hydrocarbons such as petrol, diesel, and kerosene and LP gas are used as fuels. Combustion
of these in oxygen generates energy, CO2 and H2O. Coal is still used as a fuel source. Carbon
is also used as an electrode material. Carbon-14 isotope is used in archaeological dating, for
example, to determine the age of fossils. Graphite is a good lubricant and diamond is a
precious material. Cylindrical carbon molecules (for example carbon nanotubes) have novel
properties that make them potentially useful for many applications in nanotechnology.

Some uses of silicon and its compounds are listed below.


Ultra-pure silicon is used in electronic industry



Silicon is used to manufacture alloys



Silicon carbide (SiC) is used for grinding fibres and to prepare materials with high
strength.
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Silicon nitride (Si3N4) is used to prepare strong, heat-resistant components of car
engines.



SiO2 is used for cement production; cement is made by heating a mixture of lime
stone (CaO) (55-65%), silica (20-25%), alumina (5-10%).



Polymeric silicones are used as oils and waxes.



Zeolites (aluminium silicates, NaAlSi2O6•H2O) are used to remove hardness in water
and manufacture of glass. Glass is produced by fusing silica sand, limestone and
Na2CO3.

Summary











Carbon is a non-metal; silicon and germanium are metalloids; tin and lead are metals.
Elemental carbon exists in three forms (i) diamond, (ii) graphite and (iii) fullerene.
Carbon forms three stable oxides - CO, CO2 and C3O2.
A mixture of CO and H2 is produced when steam is passed over red hot coke.
CO2 is also formed during the respiration process of all living beings.
CO2 is formed upon heating of metal carbonates other than those of alkali metals and
barium.
Except Group 1 metal carbonates, all carbonates decompose on heating at temperature
below 800oC to give CO2 and the free metal or the metal oxide.
Group 1 metal carbonates (except Li2CO3) and (NH4)2CO3 are water soluble.
All carbonates react with dilute acids to give CO2.
Silicon forms a series of hydrides called “silanes” with the general formula SinH2n+2.

Learning Outcomes
At the end of this lesson you should be able to





state the forms in which carbon and silicon occur in nature; isolation of carbon and
silicon.
explain the variation in physical properties of Group 14 elements such as melting
point, boiling point, and first ionization energy.
write the valence electron configuration of a Group 14 element or ion.
write the chemical equations for the reactions of oxides, halides and hydrides of
Group 14 elements.

18
Published by The Open University of Sri Lanka
2015

Activity
2.6

What are the three elemental forms of carbon?

2.7

Which Group 14 elements are more likely to form
(i) covalent compounds
(ii) ionic salts

2.8

How can we produce silicon from SiO2?

2.9

What are the three oxides of carbon?
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3. The Group 15 elements

N
P
As
Sb
Bi

Introduction
The Group 15 elements include nitrogen (N), phosphorus (P), arsenic (As), antimony (Sb)
and bismuth (Bi). They show a wide range of chemical and physical properties but in this
lesson we will concentrate mainly on the chemistry of nitrogen and phosphorus. The valence
electron configuration of these elements is ns2np3. As you would expect the electropositive
character increases as you go down the group; see Table 3.1 for the corresponding values for
electronegativity. N and P are non-metals, As and Sb are metalloids whereas Bi has
characteristic properties of a main group metal.
Table 3.1: Some properties of Group 15 elements
Electron configuration

IE1/kJ mol-1

m.p./oC

b.p./oC

Electronegativity

N

[He]2s22p3

1402

-210

-204

3.0

P

[Ne]3s23p3

1012

44

281

2.1

As

[Ar]3d104s24p3

950

817

613

2.0

Sb

[Kr]4d105s25p3

830

630

1637

1.9

Bi

[Xe]4f145d106s26p3

700

272

1559

1.9

The first ionization energy (IE1) decreases as you go down the column. Dinitrogen (N2) is a
gas (b.p. = -196oC) but Bi is a solid with a melting point of 272 oC. The oxidation numbers
+3 and +5 occur for all elements but most stable oxidation number for Bi is +3 (inert-pair
effect). Most stable oxidation number for P is +5. Oxidation numbers of N in NH3 and NO
are -3 and +2, respectively.
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Activity
3.1

The maximum number of atoms (or groups) that could be attached to nitrogen is four
whereas phosphorus can have six groups attached to it. Explain.

3.2

Write the electron configuration of the Bi3+ ion.

3.1 Occurrence and isolation
Nitrogen occurs as the main component (about 78% by volume) of the air around us. It is a
colourless, odourless and a tasteless gas at room temperature. This diatomic molecule (N≡N)
is notably unreactive and has a high bond strength (molar bond enthalpy is 945 kJ mol1) due
to the triple bond between two nitrogen atoms. It also has the highest first ionization energy
(IE1) compared to those of other members of the group. 14N and 15N are the two isotopes of
nitrogen.
N≡N is isoelectronic with C≡O, that is, each molecule has the same number of electrons in
the molecule. Nitrogen is obtained by the fractional distillation of liquefied air, but it is
usually contaminated with some Ar. Pure nitrogen can be made by thermal decomposition of
sodium or barium azide.
2 NaN3(s)

2 Na(s) + 3 N2(g)

Activity
3.3 Can you think about a method to prepare N2 in a laboratory?

Phosphorus is found in phosphate ores such as apatite, Ca3(PO4)2, or fluoroapatite
3Ca3(PO4)2•CaF2. Arsenic, antimony and bismuth occur as their sulphides: arsenical pyrites,
FeAsS, stibinite Sb2S3 and bismuth glance Bi2S3.
There are a number of allotropic forms of elemental phosphorus, the most common of which
is the toxic white phosphorus, P4 (also called α-phosphorus) which has the tetrahedral
structure as shown below.

21
Published by The Open University of Sri Lanka
2015

White phosphorus is extremely reactive towards oxygen but surprisingly stable in water, thus
it is stored under water.
In air, P4 burns spontaneously to give phosphorus(V) oxide P4O10.
P4(s)

+ 5 O2(g)

P4O10(s)

Red phosphorus is produced when white phosphorus is heated. It has a polymeric structure
and it is less reactive than white phosphorus.
White phosphorus is manufactured by heating apatite with sand and coke in an electric
furnace to about 1500oC.
2 Ca3(PO4)2(s) + 6 SiO2(s)

6 CaSiO3(s) + P4O10(s)

P4O10(s) + 10 C(s)

P4(s) + 10 CO(g)

3.2 Compounds of Group 15 elements
In this section, we will consider hydrides, halides and oxides of nitrogen and phosphorus.
Hydrides
Ammonia is the most important hydride of nitrogen. Ammonia is a colourless gas and it is
soluble in water to give aqueous NH3 or NH3(aq) which partially dissociates to give NH4+
and OH ions.
NH3(aq) + H2O(l)

NH4+(aq) + OH(aq)

Activity
3.4

How can we prepare NH3 in a laboratory?
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The dot-and-cross diagram for NH3 and the shape of the NH3 molecule are given below.

Ammonia is a tetrahedral molecule with three N-H bonds and one lone pair. The H ̶ N ̶ H
bond angle is 107o which is slightly smaller than the perfect tetrahedral angle of 109o 28/ due
to electron repulsion between the lone pair and bonding electron pair of N ̶ H bonds. The lone
pair is involved in most of the reactions of ammonia.
The lone pair of electrons in NH3 can be donated to a proton (H+) or any other electron
acceptor, for example, BF3 and Ag+.
(i)

NH3(aq) + H+(aq)

NH4+(aq)

(ii)

:NH3 + BF3

H3N:

(iii)

2 NH3(aq) + Ag+(aq)

[Ag(NH3)2]+(aq)

BF3

Activity
3.5

How can we test the evolution of HCl gas from a reaction mixture?

3.6

Draw the shapes of NH4+ and H3N•BF3 .

Ammonia burns in oxygen with a yellow flame.
4 NH3(g) + 3 O2(g)

2 N2(g) + 6 H2O(l)

In the presence of a catalyst such as Pt, the above reaction produces nitric oxide (NO).
4 NH3(g)

+ 5 O2(g)

Pt


4 NO(g) + 6 H2O(l)

Ammonia can act as a reducing agent, e.g., reduction of hot CuO to Cu.
3 CuO(s) + 2 NH3(g)

3 Cu(s) + N2(g) + 3 H2O(l)

Aqueous solution of ammonia acts as a weak base. It precipitates insoluble metal hydroxides
from solution of metal salts, for example,
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CoCl2(aq) + 2 NH3(aq) + 2 H2O(l)

[Co(OH)2](s) + 2 NH4Cl(aq)

Some metal hydroxides dissolve upon addition of excess of ammonia to give an amine
complex.
[Co(OH)2](s) + 6 NH3(aq)

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

Detection of ammonia
NH is produced when an ammonium salt is heated with an alkaline solution such as NaOH.
NH4Cl(aq) + NaOH(aq)

NH3(g) + NaCl(aq) + H2O(l)

Ammonia can be detected by
(i)

its characteristic smell

(ii)

NH3 gas turns a wet red litmus paper into blue.

(iii)

NH3 produces a brown colour with Nessler’s reagent.

Phosphine
Phosphine (PH3) can be prepared by the following reactions,
4 PCl3(l) + 3 LiAlH4(s)
P4(s) + 3 NaOH(aq)

4 PH3(g) + 3 LiCl(s) + 3 AlCl3(s)

+ 3 H2O(l)

AlP(s) + 3 H2O(l)

PH3(g) + 3 H2PO2Na(s)
PH3(g) + Al(OH)3(s)

Phosphine acts as a weak base in water.
PH3(aq) + H2O(l)

PH4+(aq) + OH(aq)

Phosphine ignites in air at 150oC giving phosphoric acid.
PH3(g) + 2 O2(g)

H3PO4(s)

Arsine (AsH3), stibine (SbH3) and bismuthine (BiH3) can be prepared by the action of water
on compounds such as Zn3As2, Mg3Sb2, these hydrides show no basic properties and do not
form hydrogen bonds.
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Halides
All trihalides MX3 (M = N, P, As, Sb, Bi; X = F, Cl, Br, I) are known. Nitrogen trihalides are
generally unstable except NF3, which is inert.

Preparation of trihalides
Trihalides can be prepared by
(i) reacting the element with halogen and
(ii) reacting hydrogen halide (HX) with trioxides or trisulphides.
2M

+ 3 X2

2 MX3

M2O3 + 6 HX

2 MX3 + 3 H2O(l)

M2S3 + 6 HX

2 MX3 + 3 H2S(g)

Most of these halides are covalent but BiF3 is an ionic compound. Hydrolysis of NCl3, PCl3
and SbCl3 generates NH3, H3PO3 and SbOCl, respectively.
NCl3(l) + 3 H2O(l)

NH3(g)

+ 3 HOCl(aq)

PCl3(l) + 3 H2O(l)

H3PO3(l) + 3 HCl(aq)

SbCl3(l) + H2O(l)

SbOCl(l) + 2 HCl(aq)

PCl3 can be converted to phosphorus oxychloride (POCl3) by reacting with oxygen, from air
or by other compounds which give up oxygen easily.
PCl3(l) + SO3(g)

POCl3(s) + SO2(g)

PF5 is a gas with covalent bonds. PCl5 is a solid at room temperature. In the solid state, it
exists as a salt [PCl4]+[PCl6].
PCl5 reacts with water to give POCl3 which reacts further with water to give H3PO4.
PCl5(s)

+ H2O(l)

POCl3(s) + 3 H2O(l)

POCl3(s) + 2 HCl(aq)
H3PO4(aq) + 3 HCl(aq)

Let us consider the oxides and oxyacids of nitrogen and phosphorus.
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Oxides of nitrogen
Nitrogen forms the following oxides:
Table 3.2: Oxides of nitrogen
Formula

Name (trivial name)

Comments

Dinitrogen monoxide
(nitrous oxide)
Nitrogen monoxide
(nitric oxide)
Dinitrogen trioxide

Colourless gas
b.p. = -89oC
Colourless gas
b.p. = -152oC
Colourless liquid
m.p. = -101oC

Nitrogen dioxide

Brown gas

N2 O 4

Dinitrogen tetraoxide

Colourless liquid
m.p. = -11oC

N2 O 5

Dinitrogen pentoxide

Colourless solid
Sublime at 32oC

N2O
NO
N2 O 3
NO2

Note: N2O5 adopts two structures depending on the conditions.
N2O5

[NO2+] + [NO3]

The shapes of the oxides of nitrogen are shown below.

Nitrous oxide
Nitrous oxide (N2O) is a linear molecule and is obtained by the careful thermal
decomposition of molten ammonium nitrate at 250oC. It is a non-toxic, odourless and
tasteless gas.

NHNO 
NO + 2 HO
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It is best known as an anesthetic, commonly called “laughing gas” because of its after effects.
It is the only gas apart from oxygen that will relight a glowing splint.

Nitric oxide
Nitric oxide (NO) is one of the most reactive of the nitrogen oxides. It is an odd-electron
molecule with a bond order of 2½. NO is a monomeric, colourless gas which reacts
immediately with atmospheric oxygen to give NO2. It is prepared in the laboratory by
reacting Cu with 50% nitric acid.
3 Cu(s) + 8 HNO3(aq)

3 Cu(NO3)2(s) + 4 H2O(l) + 2 NO(g)

Nitrogen dioxide
NO2 is formed when NO is reacted with O2 or air. NO2 is an odd-electron molecule which
enables two molecules to interact to form an N-N bond. Thus, when NO2 is cooled to its
liquid form, it forms the dimeric N2O4. At the boiling temperature of N2O4 (b.p. 21.5oC) the
mixture contains about 16% NO2.
2 NO2(g)

N2O4(l)

NO2 is prepared either by heating Pb(NO3)2 or by reacting Cu with concentrated nitric acid.
2 Pb(NO3)2(s)

2 PbO(s) + 4 NO2(g) + O2(g)

Cu(s) + 4 HNO3(aq)

2 NO2(g) + Cu(NO3)2(s) + 2 H2O(l)

NO2 dissolves in water to give a mixture of nitric acid and nitrous acid (HNO2).
2 NO2(g) + H2O(l)

HNO3(aq) + HNO2 (aq)

HNO is unstable and on warming forms nitric acid and nitric oxide.
3 HNO2(aq)





HNO(aq) + 2NO(g) + H2O(l)

Oxides of phosphorus
Phosphorus(V) oxide, P4O10 is formed when phosphorus is burnt in an excess of oxygen.
P4(s) + 5 O2(g)

P4O10(s)
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Combustion of P4 in a limited supply of oxygen phosphorus(III) oxide, P4O6

PO reacts with water to give metaphosphoric acid (HPO3) which reacts further with water
to give orthophosphoric acid (H3PO4).
P4O10(s) + 2 H2O(l)

4 HPO3(aq)

HPO3(aq) + H2O(l)

H3PO4(aq)

Oxyanions and oxyacids of nitrogen
In all nitrogen oxyacids or oxyanions, the nitrogen atom is bonded to either two or three
oxygen atoms.

Oxyacids of phosphorus
There are several oxyacids of phosphorus and some examples and their structures are given
below.
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Hypophosphorous acid (H3PO2)
Hypophosphorous acid is obtained by adding sulphuric acid to a solution of barium
hypophosphite.
Ba(H2PO2)2(s) + HSO4(aq)

BaSO4(s) + 2 H3PO2(aq)

Barium hypophosphite itself is prepared by the reaction of white phosphorous with Ba(OH)2.
2 P4(s) + 3 Ba(OH)2(aq) + 6 H2O(l)

3 Ba(H2PO2 )2(s) + 2 PH3(g)

Hypophosphorous acid is a monobasic acid as it has only one hydrogen atom attached to
oxygen which can dissociate to give H+.

Orthophosphorous acid (H3PO3)
Orthophosphorous acid (also called phosphorous acid) is prepared by hydrolysis of
phosphorus trichloride. This is a dibasic acid (i.e. it can give two H+ ions) and forms salts
such as Na2HPO3. It decomposes on heating to phosphine and orthophosphoric acid
4 H3PO3(aq)

PH3(g) + 3 H3PO4(aq)

Orthophosphoric acid (H3PO4)
Orthophosphoric acid can be prepared by reacting P4O10 with water. Orthophosphoric acid is
a tribasic acid and forms a series of anions (HPO, HPO and PO4 ). An aqueous
solution of sodium dihydrogen phosphate, NaH2PO4 is weakly acidic; an aqueous solution of
disodium hydrogen phosphate Na2HPO4 is weakly basic; an aqueous solution of trisodium
phosphate, Na3PO4, is strongly alkaline. Phosphates are important in the biological processes
in living forms and are found in bones and teeth. Calcium phosphates are important as
fertilizers.

3.3 Nitrogen fixation and the nitrogen cycle
Conversion of inert nitrogen gas into useful nitrogen compounds is called “Nitrogen
fixation”. In nature, nitrogen is fixed or converted into ammonia by bacteria in some plants
(biological fixation). Lightning converts nitrogen into NO (atmospheric fixation). Industrial
fixation of nitrogen to ammonia is carried out by the Haber process (see section 3.4). Most of
the nitrogen containing compounds (e.g. fertilizer, nitric acids and nitrates etc.) made by man
and the organic matter found in nature (e.g. proteins, nucleic acids in plants and animals) end
up in the soil and water-ways (mineralization). Soil bacteria break down organic matter into
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ammonium salts and nitrates (nitrification). Denitrifying bacteria convert ammonium salts
and nitrate into nitrogen and releases nitrogen back into atmosphere (denitrification). These
are the key steps in the nitrogen cycle.

Activity
3.7

Draw a chart depicting the key steps in the nitrogen cycle.

3.4

Industrial processes

In this section, we will discuss the most important nitrogen based industrial processes,
(i)
(ii)

the Haber process for the production of ammonia and
the production of nitric acid from ammonia.

The Haber process for the production of NH3
NH3 is commercially produced by reacting N2 and H2 (1:3 molar ratio) in the presence of an
iron catalyst at a temperature of ~500oC and at a pressure of 300 atm. Now this reaction
between N2 and H2 is in equilibrium.
N2(g)

+ 3 H2(g)

2 NH3(g)

ΔHo = -92 kJ mol1

Note that the amount of NH3 produced varies with temperature and pressure. It shows that the
highest yield of NH3 occurs at low temperature and high pressure. But low temperature
decreases the rate of reaction. It is also more expensive to build a plant which can stand high
pressures. Therefore, it is economical to use the above mentioned conditions (500oC at 300
atm) although the conversion rate is about 15-25%.
The Haber process involves three main stages.
1. Supply and purification of the reacting gases.
2. Compression of the gases and conversion into ammonia.
3. Recovery of ammonia.
The source of H2 is naphtha (a mixture of hydrocarbons). N2 is obtained by liquefaction of
air. Once these gases are compressed in the converter the emerging gas mixture is cooled (0
o
C) and pressure is reduced. This causes most of the ammonia to liquefy. The unreacted gases
and a little ammonia are recycled.
Manufacture of Nitric acid
Nitric acid (HNO3) also known as the aqua fortis, is a highly corrosive and toxic strong acid
that can cause severe burns. If the solution contains more than 86% of nitric acid, it is
referred to as fuming nitric acid.

30
Published by The Open University of Sri Lanka
2015

Manufacture of nitric acid is one of the most important chemical processes in the world
today.
Nitric acid is used to manufacture fertilizers, explosives (especially NH4NO3) and other
nitrogen containing organic molecules. It is also used to dissolve metals and to prepare the
precursors for the production of Nylon. There are three stages for manufacture of nitric acid.
1. Catalytic oxidation of NH3 using air

Air containing about 10% ammonia is passed at 230 oC and 9 atm pressure over Pt/Rh
catalyst to produce nitrogen monoxide (NO).
4 NH3(g) + 5 O2(g)

4 NO(g) + 6 H2O(g)

2. Conversion of NO into NO2

Further oxidation of NO by oxygen gives nitrogen dioxide.
2 NO(g) + O2(g)

2 NO2(g)

If the temperature is kept below 150oC, the production of NO2 is favoured.
3. Conversion of NO2 to HNO3

Finally hydrolysis of NO2 with water or dilute nitric acid produces the con. HNO3.
3 NO2(g) + H2O(l)

2 HNO3(aq) + NO(g)

The resulting acid solution contains 50-60% nitric acid and it is often contaminated with
NO2, which can be removed by blowing air through the solution.

Summary


The valence electron configuration of Group 15 elements is ns2np3.



N and P are non-metals, As and Sb are metalloids whereas Bi has characteristic
properties of a main group metal.



78% (by volume) of air contains N2. Nitrogen is obtained by the fractional distillation
of liquefied air. Phosphorus is found in phosphate ores such as apatite or
fluoroapatite.



The shape of the toxic white phosphorus (P4) is tetrahedral.



NO2 and NO3 are the oxyanions of the oxyacids HNO2 and HNO3, respectively.
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Conversion of inert nitrogen gas into useful nitrogen compounds is called “Nitrogen
fixation”.



NH3 is commercially produced by reacting N2 and H2 in the presence of an iron
catalyst at 500oC and at a pressure of 300 atm.



Nitric acid is manufactured by oxidising ammonia using air.

Learning Outcomes
At the end of this lesson you should be able to


state the natural forms of Group 15 elements and isolation of nitrogen and
phosphorus.



explain the variation in physical properties of Group 15 elements such as melting
point, boiling points, electronegativity and first ionization energy.



write the valence electron configurations of a Group 15 element or its ion.



write chemical equations for reactions of hydrides, halides and oxides of Group 15
elements.



describe the steps involved in the nitrogen cycle.



explain the steps involved in the production of ammonia.



write chemical equations for the steps involved in the production of nitric acid.

Activity
3.8

Give some of the uses of nitrogen and its compounds.

3.9

Nitrogen can show all the oxidation numbers between -3 and +5. Give an example for
each oxidation state.

3.10

Draw the resonance form(s) of N2O3, NO2 and N2O4.

3.11

What is meant by “nitrogen fixation”?

3.12

What are three main methods of fixing nitrogen?
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4. The Group 16 elements

O
S
Se
Te
Po

Introduction
In this lesson, we will discuss the properties and reactions of Group 16 elements (or oxygen
family of elements) giving special reference to oxygen and sulphur. These elements are also
known as “chalcogens”.
This family consists of the elements: oxygen (O), sulphur (S), selenium (Se), tellurium (Te)
and polonium (Po). Polonium is the only true metal in this group and it is radioactive. Te is a
semi-metal and it acts as a semiconductor. Oxygen, sulphur and selenium are non-metals.
The general valence electron configuration of Group 16 elements is ns2 np4 and they exhibit a
wide range of oxidation states from -2 to + 6. The common oxidation state of oxygen is -2 but
the oxidation state of oxygen in superoxides such as NaO2 and KO2 is -½. Sulphur also forms
Sion, and the tendency to form this dianionic ion decreases as you go down the group.
Sulphur exhibits a maximum oxidation state of +6 in ions such as SO4.
The solubility of salts decreases as you go down the group. The melting and boiling points
increase in the following order O < S < Se < Te. Oxygen shows the highest electronegativity
value of 3.5. In general the reactivity of these elements decreases in the following order O >
S > Se > Te.
Q : Write the electron configuration of sulphur in SO2.
A : Oxidation number of S in O=S=O is +4 as the oxidation number of oxygen is -2.
Electron configuration S = 1s2, 2s2, 2p6, 3s2, 3p4
Electron configuration S = 1s2, 2s2, 2p6, 3s2 (Loss of 4 electrons at 3p level)
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Table 4.1: Some properties of Group 16 elements (less common oxidation numbers are given
in parentheses)
Electron
Configuration

Oxidation states

m.pt
(oC)

b.pt
(oC)

Electronegativity

O

[He]2s22p4

-2, -1, (-½), (+2)

-219

-183

3.5

S

[Ne]3s23p4

-2, (+2), +4, +6

115

445

2.5

Se

[Ar]3d104s24p4

+2, +4, +6

217

685

2.4

Te

[Kr]4d105s25p4

+2, +4, +6

450

1390

2.1

Po

[Xe]4f145d106s26p4

+2, +4

254

962

2.0

4.1 Occurrence and isolation
Oxygen
Oxygen is the second most abundant gas in the earth’s atmosphere (20% by volume) and it is
obtained industrially from liquid air by fractional distillation. It is a colourless and odourless
gas. Oxygen has three stable isotopes: 168 O , 178 O and 188 O . Oxygen exists in two allotropic
forms (i) dioxygen (O2) which is blue in the liquid and solid state and (ii) ozone (O3) which is
a pale blue gas.
Oxygen is the most abundant element in the Earth. It forms 46% by mass of the earth’s crust
and much of it occurs as silicates. Oxygen is necessary for both plants and animal life and it
is generated naturally during photosynthesis.

Activity
4.1

Write a balanced equation for the photosynthesis.

In the laboratory oxygen can be produced by the following methods.
1. by heating potassium permanganate KMnO4.
2 KMnO4(s)


K2MnO4(s) + MnO2(s) + O2(g)



2. by heating potassium nitrate KNO
2 KNO(s)


2 KNO(s)



+ O(g)
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3. by heating metal oxides such as PbO2, HgO or AgO.

2 PbO(s)



+

O2(g)

HgO(s)





Hg(s)

+

½ O2(g)

AgO(s)





Ag(s)

+

½ O2(g)

2 PbO2(s)

4. by heating potassium chlorate KClO3 (see Figure 4.1).
2 KClO3(s)





2 KCl(s) + 3 O2(g)

Sometimes MnO2 is used as a catalyst for this reaction.

Figure 4.1: Laboratory preparation of oxygen (from reference 8)

Q:

Draw the structures of KMnO4, K2MnO4 and KClO3.

A:

Activity
4.2

Determine the oxidation numbers of Mn in KMnO4, K2MnO4 and MnO2.
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Ozone (trioxygen)
Ozone has a characteristic strong smell and the human nose can detect it in concentrations as
low as 0.01 ppm. Unlike dioxygen (O2), ozone (O3) is diamagnetic and extremely reactive. O3
has a triangular shape with a bond angle of 116.5o. Both bonds have the same length of about
128 nm. The two resonance forms of ozone are given below. The lone pair on the central
oxygen leads to a bent molecule.

Ozone is a very important molecule in the stratosphere and it is produced as shown below.
Photolysis of oxygen generates two oxygen radicals (O.) which combine with another oxygen
molecule to form ozone.
O2

h


O2 + O.

2 O.
O3

Ozone absorbs harmful UV-rays to produce O2 and oxygen radicals, which can react with O2
to give ozone again.
O3

UV
rays


O2 + O.

Sulphur
Sulphur occurs naturally in several forms:
1. free element, normally found underground.
2. as sulphates e.g. gypsum, CaSO4•2H2O
3. as sulphides e.g. pyrites (FeS2), galena (PbS), cinnabar (HgS), zinc blende (ZnS).
Sulphur shows a number of allotropes. At the boiling point (444oC), sulphur vapour consists
of S(30%), S (40%) and S (20%), with smaller amounts of S, S and S. Sulphur is a bright
yellow solid, soluble in organic solvents, from which it may be recrystallized at room
temperature to form orthorhombic sulphur, crown-shaped S molecules.
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The other form of sulphur is called “monoclinic sulphur”, which is formed at high
temperatures (above 96oC). The main difference between these two forms is the stacking
pattern of the crown.
At room temperature the “monoclinic” form slowly changes into the “orthorhombic” form. In
contrast to oxygen, sulphur reacts with both concentrated acids and alkalis. Sulphur can be
oxidized using conc. HNO3 and H2SO4 as shown below.
S(s) + 6 HNO3(aq)

H2SO4(aq) + 6 NO2(g) + 2 H2O(l)

S(s) + 2 H2SO4(l)

3 SO2(g)

+ 2 H2O(l)

Sulphur dissolves slowly in strong alkali to give a mixture of sulfide and sulphite.
3 S(l) + 6 NaOH(aq)

2 Na2S(s) + Na2SO3(aq) + 3 H2O(l)

4.2 Compounds of the Group 16 elements
Oxides
Most elements combine with oxygen to form oxides. There are four types of oxides.
1. Basic oxides
Strongly electropositive metals form ionic oxides, which when dissolved in water give basic
(alkaline) solutions. e.g.
Na2O(s) + H2O(l)

2 NaOH(aq)

Groups 1 and 2 metals form basic oxides such as M2O and MO, respectively
2. Acidic oxides
Oxides of non-metals are generally acidic.
P4O10(s) + 6 H2O(l)
SO2(g)

+ H2O(l)

4 H3PO4(aq)
H2SO3(aq)

For example, CO2, SO3, P2O5, As2O5 are acidic oxides.
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3. Amphoteric oxides
Less electropositive metals such as Al and Zn give amphoteric oxides which show acidic and
basic properties. Some examples include Al2O3, ZnO, Sb2O3, MnO2, Cr2O3 and PbO.

4. Neutral oxides
Nitric oxide (NO), CO and N2O can be considered as neutral oxides.

Peroxides
Alkali and alkaline earth metals form metal peroxides with the peroxide ion, O2. These
metal peroxides react with acids or water to give hydrogen peroxide (H2O2). H2O2 is a
powerful oxidizing agent.
Superoxides
Most electropositive metals such as Na, K and Cs form superoxides containing the O2 ion.
KO2 reacts readily with water to give H2O2 and O2.
2 KO2(s) + 2 H2O(l)

2 KOH(aq) + H2O2(aq) + O2(g)

Preparation of oxides
S, Se, Te and Po form the following two oxides MO2 and MO3. When S is burnt in air,
sulphur dioxide is formed with little SO3.
S(s) + O2(g)

SO2(g)

2 S(s) + 3 O2(g)

2 SO3(g)

In the laboratory, sulphur dioxide is produced by
1. reacting copper with conc. H2SO4.
Cu(s) + 2 H2SO4(l)

CuSO4(aq) + 2 H2O(l) + SO2(g)

2. reacting an acid with a sulphite (SO ) or a bisulphite/hydrogen sulphite (HSO).
SO(aq) + 2 H(aq)

SO2(g) + H2O(l)

Sulphur dioxide dissolves in water to form sulphurous acid
SO2(g) + H2O(l)

H2SO3(aq)

Sulphur dioxide is used in the manufacturing of sulphuric acid.
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In the absence of a catalyst, the reaction between SO2 and O2 is very slow. In the presence of
a platinum catalyst at high temperature (500 oC) the reaction proceeds rapidly giving 98% of
SO3.
500oC/ Pt

2 SO2(g) + O2(g)

2 SO3(g)

Sulphur trioxide can also be prepared,
1. by heating iron(III) sulphate, Fe2(SO4)3
Fe2(SO4)3(s)





FeO(s) + 3 SO(g)

2. by pyrolysis of sodium bisulphate/hydrogen sulphate,

a) dehydration

2 NaHSO4(s)





315 0C

Na2S2O7(s) + H2O(l)

b) cracking

Na2S2O7(s)




0

460 C

Na2SO4(s) + SO3(g)

Oxyacids of sulphur
Sulphur forms two main oxides, namely sulphur dioxide (SO2) and sulphur trioxide (SO3).
These oxides dissolve in water to form sulphurous acid (H2SO3) and sulphuric acid (H2SO4).
H2SO3 and H2SO4 are the two common oxyacids of sulphur.
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Some of the other oxyacids of sulphur are given below.
1.

H2SO2

Hyposulphurous acid

2.

H2S2O3

Thiosulphuric acid

3.

H2S2O7

Pyrosulphuric acid

4.

H2S2O8

Peroxodisulphuric acid or dithionic acid

4.3 Some important compounds of sulphur
In this section, we will look at some of the industrially important compounds of sulphur:
sulphuric acid, thiosulfates, and hydrogen sulphide.
Manufacture of sulphuric acid (H2SO4)
Manufacture of sulphuric acid is the largest chemical process in the world. For example, in
USA, over 10 million tons of sulphur are converted into sulphuric acid each year. Developed
countries use large quantities of sulphuric acid, and it is a measure of a state of its economy.
There are two main processes for the commercial production of sulphuric acid.
(a) The Contact process
(b) The Lead Chamber process.
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The Contact process
There are three main stages in the process.
1. Burning of sulphur to make sulphur dioxide (SO2)
2. Production of sulphur trioxide (SO3) from sulphur dioxide and oxygen
3. Conversion of sulphur trioxide to sulphuric acid (H2SO4)

Preparation of sulphur dioxide
Sulphur dioxide is produced by burning sulphur in air.
S(l) + O2(g)

SO2(g)

Air is dried before it is passed into the burning chamber. Liquid sulphur is sprayed into the
burning chamber. This reaction is so exothermic ( ΔH = -298 kJ mol1) and the energy
released is enough to run the entire plant.

Production of sulphur trioxide
In this stage, SO2 is reacted with O2, in the presence of the catalyst V2O5, to produce SO3.
V2O5

2 SO2(g) + O2(g)

5000C

2 SO3(g)

ΔH = -196 kJ mol

5

Conversion of SO to H2SO4
Sulphur trioxide is not very soluble in water. The reaction between sulphur trioxide and water
is violent and produces a corrosive mist of sulphuric fumes. Therefore, SO3 is passed into
concentrated sulphuric acid to produce “Oleum” or “fuming sulphuric acid” which contains
disulphuric acid (H2S2O7). This is also known as “pyrosulphuric acid”.
SO3(g) + H2SO4(aq)

H2S2O7(aq)

Pyrosulphuric acid is then hydrolysed to give sulphuric acid.
H2S2O7(aq) + H2O(l)

2 H2SO4(aq)

Lead Chamber Process
The catalyst used in this process is nitric oxide (NO). A mixture of SO2, NO, air and steam is
passed into the reaction chamber. The reactions leading to the production of sulphuric acid
are summarised below.
2 NO(g) + O2(g) (air)

2 NO2(g)
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SO2(g) + NO2(g)

SO3(g) + NO(g)

SO3(g)

H2SO4(g)

+ H2O(g)

Properties and reactions of sulphuric acid
Sulphuric acid is a colourless, viscous liquid. Sulphuric acid has a great affinity for water and
it is used as a dehydrating agent, particularly to dry gases (N2, O2, Cl2 and SO2). The reaction
of H2SO4 with water liberates a large amount of heat. Therefore, water should not be added to
conc. H2SO4. To prepare dilute sulphuric acid, add the required quantity of the concentrated
sulphuric acid to water.
Sulphuric acid can be used to dehydrate some organic compounds as given below.
C12H22O11 (sucrose)

H 2SO 4
conc.




12 C(s) + 11 H2O(l)

H2C2O4 (oxalic acid)

H 2SO 4
conc.




CO(g) + CO2 (g) + H2O(l)

C2H5OH (ethanol)

H 2SO 4
conc.




CH2=CH2(g) + H2O(l)

Concentrated sulphuric acid is a powerful oxidising agent particularly when hot. It oxidises
non-metals such as C, S and P to CO2, SO2 and H3PO4 respectively. It also oxidises metals
such as copper, silver and mercury to give metal sulfates. Most metal sulfates are soluble in
water, but PbSO4, BaSO4 and SrSO4 are insoluble in water.
The thermal stability of sulfates depends on the electropositivity of the metal. The Group 1
and Group 2 metal sulfates are thermally stable. Sulfates of heavy metals generally liberate
SO3 upon heating.

Fe2(SO4)3(s) 
Fe2O3(s) + 3 SO3(g)


2 Ag2SO4(s) 


4 Ag(s) + 2 SO3(g) + O2(g)

Uses of sulphuric acid
Some of the uses of sulphuric acid are listed below.
1.
2.
3.
4.
5.
6.
7.

To manufacture fertilizers {e.g. super phosphate and (NH4)2SO4}
To extract metals from metal ores.
To manufacture paper
To prepare detergents
To prepare paints and pigments.
As an electrolyte in batteries.
As a laboratory reagent.
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Thiosulphuric acid and thiosulphates
The difference between thiosulphuric acid (H2S2O3) and sulphuric acid (H2SO4) is that
thiosulphuric acid has one S=S bond instead of S=O bond (see below). You may have noticed
that H2S2O3 is the sulphur analogue of the oxygen compound H2SO4. Therefore the prefix
‘thio’ is used when naming such compounds

Q : Name the following pairs of related oxygen and sulphur species:
1. SO4and S2O3
A : 1.

2. (H2N)2C=O and (H2N)2C=S

sulphate and thiosulphate

2. urea and thiourea

Thiosulphuric acid H2S2O3 is less stable at room temperature. An aqueous solution
decomposes to S and SO2.
H2S2O3(aq)
S(s) + SO2(g) + H2O(l)
H2S2O3 can be prepared by acidifying a thiosulfate salt.
Na2S2O3(aq) + 2 H+(aq)

“H2S2O3”(aq) + 2 Na+(aq)

Na2S2O3 can be prepared by boiling S with sodium sulphite (Na2SO3) solution.
Na2SO3(aq) + S(s)

Na2S2O3(aq)

Thiosulphates are reducing agents and are used in quantitative analysis to determine the
iodine concentration. I2 is reduced to iodide at the same time S2O3 gets oxidised to
tetrathiosulphate anion (S4O6 ) as shown below.
2 S2O3(aq) + I2(aq)

2 I (aq) + S4O6(aq)

Hydrogen sulphide (H2S)
Hydrogen sulphide is a colourless, poisonous gas causing death at 100 ppm. Its antidote is
chlorine. It smells like rotten eggs and it is heavier than air. Its boiling point is -60oC whereas
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its oxygen analogue, (H2O) is a liquid at room temperature. The higher boiling point (100oC)
of water is due to stronger hydrogen bonding between water molecules. H2S is a weak acid in
aqueous solutions. In the laboratory, H2S is prepared in the Kipp’s apparatus, in which dilute
hydrogen chloride is added drop wise on to FeS.

FeS(s) + 2 HCl(aq)

FeCl2(aq) + H2S(g)

H2S dissolves in alkali to give sulfides and hydrogen sulfide.
2 HO(aq) + H2S(g)
HO(aq) + H2S(g)

S(aq) + 2 H2O(l)
HS(aq) + H2O(l)

Hydrogen sulphide as a reducing agent
H2S acts as a good reducing agent, some of the examples are listed below.
1. Chlorine is reduced to chloride ions.
Cl2(g) + H2S (g)

2 HCl(g) + S(s)

2. H2SO4 is reduced to S and SO2. Therefore conc. H2SO4 cannot be used to dry H2S.
H2SO4(l) + H2S(g)

S(s) + SO2(g) + 2 H2O(l)

3. In acid solutions, dichromate ion is reduced to Cr; and sulphide ion is oxidised to S.
Cr 2O7(aq) + 8 H+(aq) + 3 H2S(g)

2 Cr3+(aq) + 3 S(s) + 7 H2O(l)

4. In acid solutions, permanganate ion is reduced to Mn2+ ion.
2 MnO4(aq) + 6 H+(aq) + 5 H2S(g)

2 Mn2+(aq) + 5S(s) + 8 H2O(l)

5. Ferric ions can be reduced to ferrous ions.
2 Fe3+(aq) + H2S(g)

2 Fe2+(aq) + 2 H+ (aq) + S(s)

H2S is used in qualitative analysis to precipitate metal sulfides.
Hydrogen sulphide as an oxidizing agent
In the above section we looked at some reactions of H2S in which H2S is a reducing agent. In
those reactions, the sulfide ion got oxidised to sulphur. Note that H2S can also be used as an
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oxidizing agent in which the H+ ion gets reduced to hydrogen. For example, sodium reduces
H2S to give hydrogen and sodium sulfide.
2 Na(s) + H2S(g)

Na2S(s) + H2(g)

Summary


The Group 16 elements are also known as “chalcogens”.



Polonium is the only true metal; Te is a semi-metal; oxygen, sulphur and selenium are
non-metals.



The general valence electron configuration of Group 16 elements is ns2np4 and they
exhibit a wide range of oxidation states from -2 to +6.



In general, the reactivity of these elements decreases in the following order
O > S > Se > Te.



Oxygen is the second most abundant gas in the earth’s atmosphere and it is obtained
from liquid air by fractional distillation.



Photolysis of the oxygen generates two oxygen radicals which combine with another
oxygen molecule to form ozone.



At room temperature the “monoclinic” form of sulphur slowly converts into its
“orthorhombic” form.



Alkali and alkaline earth metals form metal peroxides with the peroxide ion, O2.



Sulphur forms two main oxides namely sulphur dioxides (SO2) and sulphur trioxide
(SO3)



H2SO3 and H2SO4 are the two common oxyacids of sulphur.



Manufacture of sulphuric acid is the largest chemical process in the world. The
physical and chemical properties of H2SO4 were discussed



The two main processes used for the production of sulphuric acid are
(i) the Contact process (ii) the Lead Chamber process.



Hydrogen sulphide is a colourless, poisonous gas and its antidote is chlorine.



H2S is a reducing agent. H2S is also used in qualitative analysis to precipitate metal
sulphides.
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Learning Outcomes
At the end of this lesson you should be able to


state the natural forms of oxygen and sulphur and describe preparation methods of
oxygen



explain the variation in physical properties of Group 16 elements such as melting
point, boiling point and electronegativity.



write the valence electron configuration of a Group 16 element or its ions.



write chemical equations for the reactions of compounds of Group 16 elements.



describe the industrial production of sulphuric acid



state the properties of sulphuric acid



list uses of sulphuric acid



describe the preparation and reactions of thiosulphuric acid



describe the preparation and reactions of H2S

Activity
4.3

Write the electron configuration of sulphur in H2S and H2SO4.

4.4

Oxygen shows variable oxidation states. Give an example each for its compounds in
which the oxidation state of oxygen is -2, -1, -½, 0 and +2.

4.5

Determine the oxidation number of S in SO3, NaHSO3, H2SO3 and SO3.

4.6

Give two methods used for the preparation of oxygen in the laboratory.

4.7

What are the natural sources of sulphur?

4.8

Give the names and molecular formulae of three oxyacids of sulphur.

4.9

What are the common oxidation numbers for sulphur? Give an example for each.

4.10

Determine the oxidation state(s) of S in S2O3 ion.

4.11

What are the three main steps in the production of sulphuric acid in the Contact
process?

4.12

Briefly discuss the Lead Chamber process.

4.13

Draw the structures of H2SO3, H2SO4, H2S2O3 and H2S2O7.

4.14

What are the main uses of sulphuric acid?

4.15

Why can’t we use conc. sulphuric acid to dry H2S?
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5. The Group 17 elements

F
Cl
Br
I
At

Introduction
During last four lessons we discussed the chemical and physical properties of the p-block
elements in the Groups 13-16. In this lesson, we will discuss the reactions of Group 17
elements (or the halogen family of elements). This family consists of fluorine (F), chlorine
(Cl), bromine (Br), iodine (I) and astatine (At). The general valence electron configuration
of an element is ns2np5. They achieve the next noble gas electron configuration by gaining
one electron from a metal or sharing an electron with a non-metal. Thus, all elements show
the oxidation number 1. Positive oxidation numbers such as +1, +3, +5 and +7 occur for
chlorine, bromine and iodine, mainly in oxyanions and inter-halogen compounds. For
example, oxidation number of iodine in IF7 and IO4 is +7. Some of the physical properties of
Group 17 elements are given in the Table 5.1. The halogens (X2) are non-metals and they
exist as diatomic molecules.
The covalent radii and the ionic radii of halide ions (X) increase as you go down the group.
The ionization energies and electronegativities of the atoms decrease on descending the
group. The bond dissociation energies, D(X-X), of the halogen molecules X2 decrease as
shown below.
D(Cl_Cl) > D(Br_Br) > D(F_F) ≈ D(I_I)
The low value obtained for fluorine is due to repulsion between non-bonding electrons across
the short F-F distance.

Table 5.1: Some properties of Group 17 elements
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F

Cl

Br

I

Atomic Radius /pm

64

99

111

128

r(X)/pm

133

181

196

219

IE1 /kJmol1

1681

1251

1140

1010

Electronegativity

4.0

3.0

2.8

2.5

D (X-X) /kJmol1

158

243

193

151

m.p./oC

-220

-101

-7

114

b.p./oC

-188

-34

58

183

Electron configuration

[He]2s22p5

[Ne]3s23p5

[Ar]3d104s24p5

[Kr]4d105s25p5

At room temperature, fluorine is a pale yellow gas and chlorine is a greenish yellow gas;
bromine is a red liquid and iodine a black solid. Solutions of iodine are purple in colour.

5.1 Occurrence and isolation
Fluorine occurs in mineral fluorspar (CaF2), cryolite (Na3AlF6), fluroapatite
CaF2•3Ca3(PO4)2. Elemental fluorine is obtained by the electrolysis of KF dissolved in
anhydrous hydrogen fluoride, HF as shown below.
2 HF(aq) + 2 KF (s)

2 KHF2

2 KF(s) + H2(g) + F2(g)

Chlorine occurs as NaCl, elemental chlorine is obtained by the electrolysis of aqueous NaCl
solution, which produces NaOH as a by-product.
Bromide ions occur in seawater (in very low concentrations), from which Br2 is obtained by
the reaction with chlorine.
Cl2(g) + 2 Br(aq)

2 Cl(aq) + Br2(g)

Iodine is found as sodium iodate (NaIO3) from which I2 is obtained by reduction.
In a laboratory, Cl2, Br2 and I2 can be prepared by heating the appropriate metal halide with
MnO2 and H2SO4.
2 NaX(s) + MnO2(s) + 3 H2SO4(l)

2 NaHSO4(aq) + 2 H2O(l) + MnSO4(s) + X2 (g)
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Chlorine can be prepared by reacting conc. HCl with MnO2 or KMnO4.
4 HCl(aq) + MnO2(s)

MnCl2(aq) + 2 H2O(l) + Cl2(g)

16 HCl(aq) + 2 KMnO4(s)

2 KCl(aq) + 2 MnCl2(aq) + 8 H2O(l) + 5Cl2(g)

5.2 Reactions of halogens
Fluorine is the most electronegative element and a powerful oxidizing agent. Fluorine is very
reactive and forms compounds with most elements. It reacts with glass and quartz.
SiO2(s) + 2 F2(g)

SiF4

+ O2(g)

Fluorine reacts with water giving oxygen.
2 F2(g) + 2 H2O(l)

4 HF(aq) + O2(g)

Chlorine reacts with hydrogen to give hydrogen chloride. This reaction is slow in the dark but
it is explosive in the presence of direct sunlight. Cl2 reacts with methane to give a mixture of
chlorocarbon compounds.
CH4(g) + Cl2 (g)

CH3Cl(g) + CH2Cl2(l) + CHCl3(l) + CCl4(l)

Chlorine acts as an oxidizing agent and oxidizes H2S to sulphur.
H2S(g) + Cl2(g)

2 HCl(g) + S(s)

Nitrogen is liberated when Cl2 is reacted with NH3.
8 NH3(g) + 3 Cl2(g)

6 NH4Cl(aq) + N2(g)

Chlorine displaces bromine and iodine from aqueous solutions of bromides and iodides,
respectively.
Cl2(g) + 2 X (aq)

X2(g) + 2 Cl (aq) (X = Br or I )

When Cl2 is passed into water a mixture of HCl and HOCl is obtained.
Cl2(g) + H2O(l)

HClO(aq) + HCl(aq)

This solution, generally referred to as chlorine water, is used as an oxidizing agent. HClO
decomposes in sunlight to give oxygen and HCl.
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Chlorine reacts with alkaline solutions such as NaOH to give different products under
different conditions. Sodium hypochlorate is formed when chlorine is passed into a cold
solution of NaOH.
2 NaOH(aq) + Cl2 (g)

NaCl(aq) + NaClO(aq) + H2O(l)

This solution is generally used as a bleaching agent (for bleaching writing ink) and
sometimes sold commercially as “Milton”.
Sodium chlorate is produced when chlorine is passed into a hot solution of NaOH.
6 NaOH(aq) + 3 Cl2(g)

5 NaCl(aq) + NaClO3(aq) + 3 H2O(l)

Under hot condition, initially formed hypochlorite is converted into chlorate.
3 ClO(aq)

2 Cl(aq) + ClO3(aq)

5.3 Hydrides of halogens
All hydrogen halides are known, and stability decreases down the group. Some preparation
methods are given below.
1. Direct combination of hydrogen and halogen. Hydrogen fluoride, HF cannot be
prepared by this method.
H2(g) + X2(g)

2 HX(aq)

(X = Cl, Br, I)

2. By the reaction of a halide with conc. H2SO4.
2 NaX(aq) + H2SO4(aq)

Na2SO4(aq) + 2 HX(aq)

3. Hydrolysis of covalent halides (X = Br or I).
PX3(g) + 3 H2O(l)

H3PO3(aq) + 3 HX(aq)

HF is the most important compound of fluorine. It is a colourless fuming liquid and causes
severe burn. In the presence of moisture it attacks glass.
It is generally prepared by reacting CaF2 with conc. H2SO4.
CaF2(s) + conc. H2SO4(aq)

CaSO4 (s) + 2 HF(aq)
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This reaction is generally carried out in a lead container as HF attacks glass. In the liquid
state, HF is heavily hydrogen bonded. Thus, its boiling point is higher than other hydrogen
halides.

Most fluorides are prepared by reacting HF with a metal halide. For example,
FeCl2(s) + 2 HF(aq)

FeF2(s) + 2 HCl(g)

Hydrogen chloride
Hydrogen chloride is a colourless gas and fumes strongly in moist air; it acts as an acid in
aqueous solution.
HCl(g) + H2O(l)
H3O+(aq) + Cl(aq)

Reactive metals such as Na burns in HCl gas to give NaCl and H2. Metal halides are usually
formed when HCl is passed over a heated metal such as Zn and Fe.
M(s) + 2 HCl(g)

MCl2(g) + H2(g)

Concentrated HCl is an aqueous solution containing about 40% (w/w) of hydrogen chloride.
It is a monobasic acid which reacts with metals to give metal halides and hydrogen.

Both HBr and HI behave as strong acids in aqueous solutions. HI slowly gets oxidized in the
presence of oxygen.
4 HI(aq) + O2(air)

2 H2O(l) + 2 I2 (aq)

5.4 Chlorides, bromides and iodides
Highly electropositive metals form ionic chlorides, e.g. NaCl, KCl, CaCl2 etc. Non metals
such as C, S and P form covalent chlorides which are volatile liquids. Other chlorides, those
of Al, Pb and Fe, show properties between ionic and covalent character. Metal ions in higher
oxidation states form covalent chlorides, e.g. SnCl4 and PbCl4. The chemistry of bromides
and iodides are similar to their chlorides, however, they are covalent and decompose easily
than the chlorides.
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5.5 Halogen oxides
All halogens form oxides and they are oxidizing agents. Oxides of iodine are the most stable
while those of bromine tend to be least stable.
Halogen oxides X2O of fluorine, chlorine and bromine are known. Oxygen difluoride OF2 is
the least stable and it is prepared by reacting F2 with dilute NaOH.
2 F2(g) + 2 NaOH(aq)

OF2(g) + 2 NaF(aq) + H2O(l)

Oxygen difluoride OF2 oxidizes water to oxygen.
OF2(g) + H2O(l)

O2(g)

+ 2 HF(aq)

Chlorine oxide (Cl2O) and bromine oxide (Br2O) can be prepared by reacting Cl2 or Br2 with
HgO.
2 X2(g) + HgO(s)

X2O + HgX2

(X = Br, Cl)

ClO2 is a yellow gas (explosive in high concentration). It can be prepared by reacting KClO3
with H2SO4 or oxalic acid.

5.6 Oxyacids and Oxyanions of halogens
The oxyacids of chlorine are given below. The oxidation numbers of chlorine in its oxyacids
HOCl, HClO2, HClO3 and HClO4 are +1, +3, +5 and +7 respectively.

HOCl is formed when chlorine gas is passed into water. HClO3 is formed by the action of
H2SO4 with Ba(ClO3)2
Ba(ClO3)2(s) + H2SO4(aq)

2 HClO3(aq) + BaSO4(aq)
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Perchloric acid (HClO4) is prepared by reacting KClO4 with conc. H2SO4.
KClO4(s) + H2SO4(aq)

HClO4(aq) + KHSO4(aq)

5.7 Interhalogen Compounds
The halogens react with each other to form interhalogen compounds. Diatomic interhalogen
compounds such as BrF, ICl, and ClF bear resemblance to the pure halogens in some
respects. The properties and behaviour of a diatomic interhalogen compound tend to be
intermediate between those of its parent halogens.

5.8 Uses
Both chlorine and bromine can be used as disinfectants for drinking water, swimming pools,
fresh wounds, dishes and surfaces. They kill bacteria and other potentially harmful
microorganisms through a process known as sterilization. Chlorine has minimal solubility in
water, with maximum solubility at 9.6°C (49.3°F) when approximately 1% is dissolved.
Dissolved chlorine reacts to form HCl and HOCl. Sodium hypochlorite is the active
ingredient of most fabric bleaches.

Summary


Halogens are non-metals and they exist as diatomic molecules.



The general valence electron configuration of an element is ns2np5. Thus, all elements
show the oxidation number 1.



The bond dissociation energies, D(X-X), of the halogen molecules decrease in the
following order. D(Cl_Cl) > D(Br_Br) > D(F_F) ≈ D(I_I)



At room temperature, fluorine and chlorine are yellow green gases; bromine is a red
liquid and iodine a black solid. Solutions of iodine are purple in colour.



In a laboratory, Cl2, Br2 and I2 can be prepared by heating the appropriate metal halide
with MnO2 and H2SO4.



Fluorine is the most electronegative element and a powerful oxidizing agent. Fluorine
is very reactive and forms compounds with most elements.



Halogen oxides X2O of fluorine, chlorine and bromine are known. Oxygen difluoride
OF2 is the most stable and it is prepared by reacting F2 with dilute NaOH.



Chlorine oxide (Cl2O) and bromine oxide (Br2O) can be prepared by reacting Cl2 or
Br2 with HgO.
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Chlorine displaces bromine and iodine from aqueous solutions of bromine and
iodides, respectively.



The oxidation numbers of chlorine in its oxyacids HOCl, HOClO2, HClO3 and HClO4
are +1, +3, +5 and +7 respectively



Diatomic interhalogen compounds such as BrF, ICl, and ClF are also known.

Learning Outcomes
At the end of this lesson, you should be able to


describe the methods of preparation of halogens



explain the variation in physical properties of halogens



write the valence electron configuration of a halogen or its ions.



write chemical equations for reactions and uses of halogens.



state uses of halogens.

Activity
5.1

What is the valence electron configuration of chlorine in Cl2O ?

5.2

First ionization energy of fluorine is higher than that of chlorine. Explain.

5.3

Bond dissociation energy of fluorine is smaller than that of chlorine. Explain.

5.4

How is chlorine produced industrially?

5.5

Dry chlorine does not bleach a dry litmus paper whereas a wet litmus paper is
bleached readily. Explain.

5.6

How does sunlight increase the reaction rate between chlorine and hydrogen?

5.7

What is the active ingredient in ‘Milton’?

5.8

How do you convert chlorine gas into chlorate?

5.9

How do you confirm the presence of iodide ions in an aqueous solution?
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6. The Group 18 elements
He
Ne
Ar
Kr
Xe
Rn

Introduction
The Group 18 elements are normally called the noble gases and they include helium (He),
neon (Ne), argon (Ar), krypton (Kr), xenon (Xe) and radon (Rn). They are called noble
gases because they are chemically not very reactive. They are also called rare gases as they
are found only in very small quantities in the atmosphere and in the earth's crust. All are
monoatomic, colourless, odourless gases. Radon is radioactive. Noble gases were not
included in the Mendeleev’s Periodic Table in 1869 as they were not known at that time.
Argon was the first inert gas to be isolated in 1895 by Sir Ramsay. These monoatomic gases
have only weak “van der Waals” interactions therefore they have very low boiling points and
heat of vaporization.
The presence of these gases on the earth’s atmosphere is less than 1% and the major
component is Ar-40 which is produced by the radioactive decay of K-40. For example, there
are only 5 liters of helium present in every million liters of air. But helium is the second most
abundant element in the universe next to hydrogen. In the core of the stars, fusion of
deuterium at high temperature produces helium-4. The abundance of noble gases in the
earth’s atmosphere by volume is given in Table 6.1.
Table 6.1: Abundance of noble gases
Element Abundance %
He
Ne
Ar
Kr
Xe
Rn

0.0005
0.00123
0.932
0.0001
0.000009
trace
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6.1 Occurrence and Isolation
The most important source of helium is natural gas obtained from some petroleum wells in
the United States. This particular natural gas mixture contains about 8% of helium. Helium
can be separated by cooling the natural gas mixture to temperatures below 200°C. At this
temperature, all other gases (including nitrogen and oxygen) are in the liquid form. Helium
has a very low boiling point (269°C) and the gaseous helium can be separated. All other rare
gases are obtained by fractional distillation of liquid air. The boiling points of these noble
gases (see Table 6.1) increase slightly as you go down the group. Thus the lighter gases come
out first followed by the heavier ones during the fractional distillation. Helium is also formed
as a by-product of radioactive decay of radium. Radon itself is radioactive with a half-life of
about 4 days and undergoes further decay to polonium.

6.2 Properties of noble gases
Noble gases have a small temperature range over which the liquid exists. The fact that these
can be condensed shows that there are some attractive forces between the atoms in the liquid
phase. These forces are very weak and are called van der Waals forces. Helium can be
solidified by applying pressure. Some physical properties of noble gases are given in Table
6.2.

Table 6.2: Some physical properties of noble gases
Elements
Atomic radius/nm
IE /kJmol1
b.p./oC
m.p./oC
Electron configuration

He

Ne

Ar

Kr

Xe

0.128
2372
-269
-249

0.160
2081
-249
-189

0.174
1521
-186
-157

0 .189
1350
-152
-112

0 .218
1170
-109

1s2

2s22p6

3s23p6

4s24p6

5s25p6

The general valence electron configuration of Ne, Ar, Kr, Xe and Rn is ns2np6 (the total
number of electron in the outermost shell is 8). The electron configuration of He is 1s2. This
means in all these noble gases the valence shell has the maximum number of electrons thus
noble gas atoms do not combine with one another (to form diatomic gas molecules). They
also do not combine readily with other elements. This is the reason why they are referred to
as ‘inert’ gases. As expected, the boiling and melting points of the noble gases increase when
you go down the periodic table. Helium has the lowest boiling point of any element and it
cannot be frozen. Helium is the second least dense element next to hydrogen.
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Q:

What is the electron configuration of Kr?

A:

1s22s22p63s23p63d104s24p6

The stability of noble gases was thought to arise from the number of electrons in the
outermost shell (or the valence shell); that is the electron configurations ns2np6 with filled sand p-sub shells.
This observation led to the suggestion of the noble gas rule – each atom combines in a way to
achieve the electron configuration of the closest noble gas or eight valence electrons. For
example, in methane CH4, there are eight electrons around carbon. In H2O, there are eight
electrons around oxygen.

6.3 Compounds of noble gases
It is found that some noble gases do react with fluorine and oxygen to form fluorides and
oxides. Helium and neon do not combine with any other element to form compounds. In this
section we intend to briefly consider the chemistry of xenon. The first ionization energy of
Xe is 1170 kJ mol1 which is less than that of hydrogen is (1311 kJ mol1). Thus, xenon can
be oxidized by a powerful oxidizing agent.
In 1962, Bartlett isolated the first noble gas compound by reacting Xe with gaseous platinum
hexafluoride PtF6 at room temperature.
Xe(g) + PtF6(g)

XePtF6(s) (orange-yellow)

Xenon reacts with fluorine under pressure to give XeF2, XeF4 or XeF6 depending on the
experimental conditions used. XeF and XeF3 are also known. XeF2 is a white solid and can be
prepared at room temperature by irradiating a mixture of Xe and F2 from a mercury lamp.
Xe(g) +

F2(g)

XeF2(s)

XeF2 reacts readily with water to produce XeO3 which has pyramidal geometry. But, xenon
does not react directly with O2 to give XeO3.
XeF2(s) + 2 H2O(l)

XeO3(s) + 6 HF(aq)

Perxenate ion ( XeO6 can be obtained by stoichiometric reaction between xenon trioxide
and sodium hydroxide. Neutral Xe(VIII) compound XeO4 has the tetrahedral geometry and is
unstable at room temperature. It is prepared by adding Ba2XeO6 or Na4XeO6 to anhydrous
sulphuric acid at -5°C. Ba2XeO6 is thermally quite stable. Perxenic acid H4XeO6 is a good
oxidizing agent. XeO3 and XeO4 are explosives in nature. Molecular structures of some of the
simple xenon compounds are given below.
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XeF4 is prepared by heating Xe and fluorine gas in an atomic ratio of 1:5 at 13 atm and 400oC
for 1 hour. XeF4 forms colourless crystals and it has the square planar geometry.
Xe(g) + 2 F2(g)

XeF4(s)

XeF6 is produced by heating Xe and large excess (20 fold) of F2 at 300oC and 16 atm for 16
hour. XeF6 is less stable than XeF2 and XeF4. XeF6 is stable at room temperature and it is
strong fluorinating agent.
Xe(g) + excess F2(g)

XeF6(s)

XeOF4 is formed when XF6 is stored in glass or silica bottles.
2 XeF6(s)

+

SiO2(s)

2 XeOF4(s)

+ SiF4(s)

XeOF4 is also produced when XeF6 is allowed to react with stoichiometric amount of water.
XeOF4 has the square-pyramidal geometry.
XeF6(s)

+ H2O(l)

XeOF4(g) + 2 HF

Xenon oxides such as XeO2F2, XeOF2, KXeO3F and CsXeO3F are also known.
[(F5C6)Xe][AsF6] and [FeXe][N(SO2F)2] are stable salts of xenon containing a Xe-C bond
and Xe-N bond, respectively.

6.4 Uses
Noble gases have extremely low boiling and melting points. Liquid helium boils at 4.2 K
(-268.95°C) is used for superconducting magnets in nuclear magnetic resonance
spectrometers.
Gases, in particular nitrogen, are absorbed by the blood and body tissues when under pressure
like in scuba diving. Therefore, helium is used instead of nitrogen due to its low solubility in
lipids. Helium has replaced hydrogen as a lifting gas in balloons due to its lightness and
incombustibility.
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Noble gases are used to provide an inert atmosphere. Argon is used in the synthesis of airsensitive compounds that are sensitive to nitrogen. Helium is used as a filler gas for
thermometers. Helium and argon are both commonly used to shield welding arcs in the
production of silicon for the semiconductor industry.
Noble gases are commonly used in lighting because of their lack of chemical reactivity.
Argon, mixed with nitrogen, is used as a filler gas for incandescent light bulbs. Krypton is
used in high-performance light bulbs, which have higher colour temperatures and greater
efficiency, because it reduces the rate of evaporation of the filament more than argon.
Halogen lamps use krypton mixed with small amounts of iodine or bromine.
Some noble gases have direct application in medicine. Helium is sometimes used to improve
the ease of breathing of asthma sufferers. Xenon is used as an anesthetic because of its high
solubility in lipids than nitrous oxide. Xenon finds application in medical imaging of the
lungs through hyperpolarized MRI. Radon is highly radioactive and is used in radiotherapy.

Summary


The rare gases can be isolated by the fractional distillation of liquid air.



It is found that some noble gases do react with fluorine and oxygen to form oxides
and fluorides. For example, xenon reacts with fluorine under pressure to give XeF2,
XeF4 or XeF6 depending on the conditions used.

Learning Outcomes
At the end of this session, you should be able to






describe the methods of preparation of noble gases.
explain the physical properties of noble gases.
write the valence electron configuration of a noble gas.
write down chemical equations for reactions of noble gases.
state uses of noble gases.

59
Published by The Open University of Sri Lanka
2015

Activity
6.1

How do you isolate Ar?

6.2

Write a short account on uses of Xe.

6.3

Write a valence electron configuration of Xe+ ion.

6.4

What is the oxidation number of Kr in KrF2?

6.5

What is the lightest molecule known?

6.6

List the group 18 elements (He, Ar, Ne, Kr, Xe) in the increasing order of their IE1.

6.7

Write the reaction condition for the preparation of XeF4 from Xe and F2.

6.8

What is the geometry of XeO4 ?

6.9

What is the Oxidation number of Xe in H4XeO6 ?

6.10

Give an example for a noble gas compound containing a Xe-C bond.

6.11

How would you prepare XeO3 from Xe ?
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Abbreviations
(aq)

- Aqueous; dissolved in water

(g)

- Gas state



- Heat



- Descriptor for a bridging group



- Frequency

(l)

- Liquid state

(s)

- Solid state

b.pt/b.p.

- Boiling point

C.N.

- Coordination number

Cr

VI

- Hexavalent Chromium = Cr(IV) = Cr6+

dmg

- Dimethylglyoxime


EDTA

- Ethyl enediaminetetraacetate ion

eV

- Electron Volt

J

- Joule

L

- Ligand

M

- Metal

M

- Zerovalent metal = M(0) = M0

M(g)

- Element in gas state

m.pt/m.p.

- Melting point

M+

- Monovalent metal = M(I) = M

M

2+

- Divalent metal = M(II) = M

nm

- nanometres

O.N.

- Oxidation number



ox

- Oxalate ion (C2O4)

pm

- Picometres

ppm

- Parts per million

X

- Halogen

Z

- Atomic number

I

II
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Glossary

Allotropic forms
nyqrEmS wdldr
gpwjpUg;gk;

: The property of some chemical elements to exist in two or more different
forms
: iuyr uQ,øjHj,g wdldr folla fyda Bg jvd jeä wdldr .Kklska
mej;Sfï .=Kh
: rpy ,urhad %yfq;fspd; 2 my;yJ mjw;F Nkw;gl;l ntspg;gLk;
epiyfspd; ,ay;G.

Amorphous
wiaMál
cUtw;w jpz;kk;

: Not crystalline; lacking definite form; having no specific shape; formless.
: iaMál fkdfõ; iaÓr yevhla yd jHqyhla fkdue;.
: gspq;FUtw;w> Fwpg;gpl;l cUtkpy;yhj> cUtw;w>jpl;lkhd>
epiyapy;yhj gjhh;j;jk;.

Amphoteric
WNh.=KS
<hpay;G

: Capable of functioning either as an acid or as a base.
: wï, yd NIau f,i l%shd lsÍug yelshdj we;.
: mkpykhfTk; fhukhfTk; njhopw;gLk; jd;ik

Basicity
NdIañl;djh
%yj;jpwd;

: The state of being a base.
: NIauhla f,i mej;Sfï yelshdj
: %ykhf njhopw;gLk; epiy

Coordination number

: The number of coordinated atoms surrounding the central metal
atom/ion in a complex or crystal.
: ixlS¾K ixfhda.hl fyda iaMálhl uOH f,day mrudKqj$whkh jgd
ix.;j ne£ mj;sk mrudKq ixLHdj
: xU rpf;fw; Nrh;itapy; my;yJ gspq;fpy; cs;s ikamZit #o
,ize;Js;s mZf;fspd; vz;zpf;if

ix.; wxlh
,izg;G vz;

Electrode potential
bf,lafg%dav úNjh

: The measure of individual potential of a reversible electrode at standard
state, (E°)
: iïu; ;;aj hgf;a § m%;Hdj¾; bf,lafg%davhl úNjh ms<n| ñkquls'

kpd;thaOj;jk;

: epak epiyapYs;s kPSk; kpd;thapd; jdpg;gl;l mOj;j msT

Electron acceptor

: Chemical entity that accepts electrons transferred to it from another
compound.
bf,lafg%dak m%;s.%yKh : fjkia ixfhda.hlska msglrkq ,nk bf,lafg%dak m%;s.%yKh lrkq ,nk
øjH
,yj;jpud; thq;fp
: NtW xU Nrh;itapypUe;J ,lkhw;wg;gLk; ,yj;jpuid Vw;Fk;
,urhad ,ay;G.
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Electron configuration : Specific distribution of electrons in atomic orbitals of atoms or ions.
bf,lafg%daksl úkHdih : mrudKqjl fyda whkhl ldlaIslj, bf,lafg%dak me;sÍ we;s wdldrh’
,yj;jpudpiyaikg;G : mZf;fspdJ/mad;fspdJ mZnthOf;fpy; ,yj;jpud;fspd;
Fwpg;gpl;l guk;gy;.

Electronegativity
úoHq;a iDK;djh
kpd;ndjphpay;G

: The tendency of an atom to attract shared electrons
: nkaOkhl we;s bf,lafg%dak ;ud foig weo .ekSfï yelshdjhs'
: gq;fplg;gl;l ,yj;jpud;fis ftUk; mZf;fspd; jd;ik.

Electropositive
úoHq;a Ok;djh

: The tendency of an atom to remove valence electrons.
: ixhqc;d ljpfha mj;sk bf,lafg%dak bj;a lsÍug mrudKqjla i;=
yelshdjhs'
: tYtsT ,yj;jpud;fis mfw;Wk; mZf;fspd; jd;ik.

kpd;Ndupay;G

Fractional distillation
Nd.sl wdijkh
gFjpgl fha;r;rp;

Fullerene

*q,Íka

: A process by which components in a chemical mixture are separated
according to their different boiling points.
: ñY%Khl mj;sk ixfhda. tajdfha ;dmdxl wkqj fjka lsÍfï l%shdj,shhs'
tbj;jy; : ,urhad fyitapYs;s Nrh;itfis mtw;wpd; NtWgl;l
nfhjpepiyfspd; mbg;gilapy; gphpj;njLf;Fk; Kiw.

: A class of molecules in which the C atoms are arranged into 12
pentagonal faces and 2 or more hexagonal faces to form a hollow sphere,
cylinder or similar figures.
: ldnka mrudKqj,ska iEÿKq mxpdY% me;s 12 la yd IvdY% me;s 2 la fyda jeä
.Kkla tlg tl;= ù l=yruh f.da,hla" is,skavrhla fyda ta yd iudk
jHqyhla ;kk wKq ldKavhls'
: fhgd; nfhz;l %yfq;fspy; fhgd;
mZthdJ 12 Iq;Nfhz
Kfq;fisAk; 2 my;yJ mjw;F Nkw;gl;l mWNfhz Kfq;fisAk;
nfhz;l Nfhs my;yJ cUis cUtk;.

Geometry
: an arrangement of a molecule in the space.
cHdñ;sh
: wKqjl ;%sudK ieliqu$jHqyh
Nfj;jpu fzpj cUtk;: xU ntspapYs;s %yf;$wpDila xOq;fikg;G.

Group number
ldKav wxlh
$l;l vz;
Hydration
ic,kh
ePNuw;wk;

: The number of a vertical column in the periodic table; there are 18
groups.
: wdj¾;s;d j`.=fõ isria ;Srejg wh;a wxlh. tys ldKav 18 ls'
: Mth;j;jd ml;ltizapy; epiyf;Fj;J epiu $l;lkhFk;
: The act or process of combining or treating with water.
: c,h iu`. tl;= ùu fyda iïnkaO ùfï l%shdj,sh
: ePUld; Nrh;f;ifmilAk; jhf;fk;
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Hydrolysis
c, úÉfþokh
ePh;g;gFg;G

: The breaking down of a chemical compound into two or more simpler
compounds by reacting with water.
: c,h iu`. m%;sl%shd lr ridhksl ixfhda.hla ir, ixfhda. folla fyda
lsysmhla njg ì| fy,Su
: ePUld; jhf;fkiltjd; %yk; ,urhadr; Nrh;itfs; 2 my;yJ
mjw;F Nkw;gl;l gFjpfshf cilAk; nghwpKiw.

Inert-pair effect

: The tendency of the outermost s-electrons to remain non-ionized or
unshared in compounds of post-transition metals
ksIal%sh hq., wdprKh : miq wdka;ßl f,dayuh ixfhda.j, ndysrfhkau mj;sk s bf,lafg%dak
whkSlrKh fkdù fyda fnod .ekSulska f;drj mej;Sfï yelshdjhs'
rlj;Jt Nrhb tpisT: ntspNahl;bYs;s s-,yj;jpud; madhf;fg;glhkNyh my;yJ
Gwj;jhz;ly; %yfq;fSld; gq;fplg;glhkNyh ,Uj;jy;.

Ionic radius

whksl wrh
mad;Miu

Ionization energy
whkSlrK Yla;sh
madhf;fw; rf;jp

: The radius exhibited by an ion in an ionic crystal where the ions are packed
together to a point where their outermost electronic orbitals are in
contact with each other.
: whksl iaMál ±,sil fjk;a whk iu`. iïnkaOj mj;sk ndysr
bf,lafg%dak iys; ldlaIslhla we;s whkhl wrh
: mad;fs; jkJ ntspNahl;L ,yj;jpudpay; xOf;Ffspd;
njhlh;gpdhy; xd;whf mLf;fg;gl;L cUthf;fg;gl;l
madhf;fg;gl;lgspq;FUtpYs;s madhy; Njhw;Wtpf;fg;gl;l Miu.

: The minimum amount of energy required to remove the most loosely
held electron of an isolated gaseous atom or ion.
: ksoyia jdhquh wjia:dfõ mj;sk mrudKqjl ,sys,aju ne£ we;s
bf,lafg%dakhla bj;a lsßug wjYH wju Yla;s m%udKh
: jdpg;gl;l thA mtj;ijapy; cs;s mZ my;yJ madpy;
typikaw;W gpizf;fg;gl;L ,Uf;Fk; xU ,yj;jpuid
mfw;Wtjw;fhf; Njitg;gLk; kpff;Fiwe;j rf;jp.

Liquefaction
øj lsÍu
jputkhf;fy;

: The act or process of turning a gas into a liquid.
: jdhqjla øjhla njg m;a lsÍfï l%shdj,sh
: thAthdJ jputkhf khw;wg;gLk; xU nghwpKiw.

Melting point

: The point at which the crystals of a pure substance are in equilibrium with
the liquid phase at atmospheric pressure.
: jdhqf.da,Sh mSvkh hgf;a § ixY=oaO øjHhl iaMál tys øj l,dmh iu.
iu;=,s;j mj;sk WIaK;ajhhs'
: gspq;FUthd J}a gjhh;j;jkhdJ tspkz;ly mKf;fj;jpy; mjd;
jput mtj;ijAld; rkepiyapy; ,Uf;Fk; Gs;sp.

øjdxlh
cUF epiy
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Metalloids
f,daydf,day
cNyhfg;Nghyp

: A few elements with intermediate properties are referred to as metalloids
(from the Greek metallon = “metal” and eidos = “sort”).
: uQ,øjH lSmhla i;=j mj;sk f,day iy wf,day w;r w;rueÈ .=Kh
: rpy %yfq;fspy; cNyhfj;jpw;F ,ilg;gl;l ,ay;G.

Molten
øj ùu
cUFjy;

: The phase change of a substance from a solid to a liquid.
: øjhla >k wjia:djl isg øj wjia:djla olajd l,dm udre ùuh’'
: rpy gjhh;j;jk; jpz;k mtj;ijapypUe;J jput mtj;ijf;F khWk;
nraw;ghL

Monobasic acid

: An acid that has only one hydrogen ion to donate to a base in an acidbase reaction ( e.g. HNO3, HCl ).
: wï, NIau m%;sl%shdjl §" NIauhlg tla fm%dafgdakhla odhl lsÍug iu;a
wï,
: xU mkpy fhu jhf;fj;jpy;> fhuj;jpw;F toq;Ftjw;F xU Ijurd;
maid kl;LNk nfhz;l mkpyk; (HNO3>HCl)

talNdIañl wï,
xU%y mkpyk;

Monoprotic acid
tal fm%daál wï,

Nitrogen Fixation
khsg%cka ;sr lsÍu
N2 gjpj;jy;

Nitrogen narcosis
khsg%cka kdfldaiSh

Oxidizing agent
Tlaisldrl øjH

: Acid that can form only one proton (H+) per molecule; may be strong or
weak.
: tla wKqjla u`.ska tla yhsfv%dakshï whKhla muKla iEÈh yels wï,;
fïjd m%n, fyda ÿn, wï, úh yelsh’
: xU %yf;$wpypUe;J xU GNuhj;jid cUthf;ff;$ba mkpyk;. mJ
td;dkpykhfNth my;yJ nkd;dkpykhfNth ,Uf;fyhk;.

: The process by which free nitrogen from the air is combined with other
elements to form inorganic compounds.
: jd;fha mj;sk ksoyia khsg%cka fjk;a uQ,øjH iu`. tl;= lr wldnksl
ixfhda. iE§fï l%shdj,sh hs'
: tspkz;lyj;jpy;,Uf;Fk; jdpj;j N2 NtW %yfq;fSld; ,iztjd;
%yk; mNrjd Nrh;itfis cUthf;Fk; nghwpKiw.

: Nitrogen narcosis is a condition that occurs in deep-sea divers due to
breathing of compressed air.
: .eUqre uqyqfoa lsñfokakka úiska iïmSvkh lrk ,o jd;h wdYajdi lsÍu
ksid we;sjk ;;ajhls
: Mo;flypy; %o;Fgth;fs; mKf;fkhd thAit Rthrpg;gjw;fhd xU
epiy

: A chemical compound that readily transfers oxygen atoms, or a substance
that gains electrons in a redox chemical reaction.
: m%;sl%shdjl § Tlaiscka msglrkq ,nk fyda bf,lafg%dak ,nd .kq ,nk
fyda ridhksl ixfhda.
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xl;rpNaw;Wk; fUtp

:

Paramagnetic

: A substance that shows magnetic properties when placed in a magnetic
field.
: pqïNl lafIa;%hla ;=< ;enQ úg pqïNl ,laIK fmkajk øjHh’'
: fhe;jg;Gyj;jpYs;s NghJ fhe;j ,ay;igf; fhl;Lk; xU gjhh;j;jk;.

wkqlafIa;% pqïNl
gufhe;jj;;jpw;Fhpa

Reducing agent
Tlaisydrl øjH
jho;j;Jk; fUtp

jho;j;Njw;W ,urhad jhf;fj;jpy; xl;rprd; mZit ,lkhw;Wk;
,urhad Nrh;it my;yJ ,yj;jpud;fis thq;Fk; gjhh;j;jk;.

: A substance that causes another substance to undergo reduction and that
is oxidized in the process.
: fjk;a øjHhla TlaisyrKh lrjkq ,nk iy tu øjHhu TlaislrKh
ùu isÿjk øjHhka
: ,J jhd; xl;rpNaw;wg;gLtjd; %yk; Vidatw;iw jho;j;Jk; xU
gjhu;j;jk;.
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