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13.1  Period 3 (Na to Ar)

DT G $td s g P it |

..ghuf;)):j.er. s- and p-Block
R | Elements

13.2  Group I

13.3  Group 2

13.4  Group 14

13.5 Group 17 (Halogens)

J Lz Ouc

R p——

comes:
N

Students will be able to:

Recognize the demarcation of the Periodic Table into s-block, p-block, d-block, and f-block.
(Understanding)

Describe how physical properties like atomic radius, ionization energy, electronegativity,
electrical conductivity, melting and boiling point of elements change within a group and with in a
period in the Periodic Table. (Analyzing) :
Describe reactions of period 3 elements with water, oxygen and chlorine. (Applying)

Describe physical properties and acid-base behaviour of oxides, chlorides and hydroxides of
period 3 elements. (Applying)

Describe reactions of oxides and chlorides of period 3 elements with water. (Applying)

Explain the trends in physical properties and oxidation states in groups I, I, IV and VII of the
Periodic Table. (Analyzing)

Describe reactions of Group I elements with water, oxygen and chlorine. (Applying)

Explain effect of heat on nitrates, carbonates and hydrogen carbonates of Group-I elements.
(Applying)

Describe reactions of Group II elements with water, oxygen and nitrogen. (Applying)

Discuss the trend in solubility of the hydroxides, sulphates and carbonates of Group-II elements.
(Analyzing)

Discuss the -trends in thermal stability of the nitrates and carbonates of Group-II elements,
(Analyzing)

Differentiate beryllium from other members of its group. (Analyzing)

Describe reactions of Group IV elements with water. (Applying) :

Discuss the chlorides and oxides of group IV elements. (Applying) ;

Explain the relative behaviour of halogens as oxidizing agents and reducing agents. (Applying)
Compare the acidity of hydrogen halides. (Analyzing)

Dls.tinguish between an oxide and a peroxide. (Understanding)

Write representative equations for the formation of oxides and sulphides. (Applying)

Compare the outer most s and p-orbital system of an element with its chemical properties.
(Analyzing) '
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Introduction
The periodic table can be divided into four blocks. These are s, p, d and f.
blocks. The classification of elements into blocks is based upon the valence orbita] of

the element involved in bond formation. ; oot
i)  The elements of group 1, group 2 and period 1 arc s-block elements. In these
clements the last electron enters 10tO s-subshell. There are two s-block

hell can accommodate maximum of twg

clements in each period because s-Subs 1 accoring i

electrons. Their general electronic configuration 15 NS where ‘n’ represents
the valence shell. :

ii)  The elements of group 13 to 18 except heliu
elements the last electron enters into p-subsh
block in each period because p-subshell can h
Their general electronic confi guration is ns” np

s-block

sr——

m are p-block elements. In these
ell. There are Six elements of p-
O-led up at the most six electrons,
1

s-block

= _E-_l)_l loc k

SRS

I }
A IVA VA VIA VIIA VIIA

e R L Ul
B T o ',.'J‘f"*‘;isigijy;.! - &5 ‘l

i s by

igure 13.1: Blocks of Elements in the Periodic Table

8 iy e N are te l |

period because d-subsh
i hell can acc ¢
general electronic configuration is(mmlodate maximum of ten electron® ell 18

one less (n—1) than the peri (n=1)d"™'® ns'2 Th ific d-sub®
transition elements. period number, The d-block elen?efllt): (;lrfl also know? §

group 3 to 12 are d-block elements. In these elements .thc 12251:
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iv) Lanthanides and actinides are f-block elements. In these elements the last
electron enters into f-subshell. There are fourteen f-block elements in each
period because f-subshell can hold up at the most fourteen electrons. Their
general electronic configuration is (n-2)f' ¢ (n—1)d° * ! ns®. The specific f-
subshell is two less (n—2) than the period number. In most of the periodic

tables, the f-block elements are placed below the periodic table to save the
space.

Groups and Periods of Elements in the Periodic Table

The vertical columns of elements in the periodic table are called groups or
families. There are two systems for numbering the groups: the older system and the
newer IUPAC system. According to latest [IUPAC system, the modern periodic table
has 18 groups of the elements. Elements in the same group of periodic table show
similar properties because they have same number of valence electrons.

The horizontal rows of elements in the periodic table are called periods. The
modern periodic table has seven periods. The first period is the shortest period and
has only two elements: the hydrogen and helium. The second and third periods
contain 8 elements each and are called short periods. The fourth and fifth periods
contain 18 elements each and are called long periods. The sixth and seventh periods

contain 32 elements each and are called the longest periods.

13.1 Period 3 Elements (Na to Ar) :

Period 3 consists of eight elements viz. sodium (Na), magnesium (Mg),
aluminium (Al), silicon (Si), phosphorus (P), sulphur (S), chlorine (Cl) and argon
(Ar).

13.1.1 Physical and Atomic Properties of the Elements

The properties of elements tend to change from left to right across a period or
from top to bottom down a group. The properties that change across a period or down
the group with the rise of atomic number are called periodic properties. These

properties are also known as atomic properties. These properties are based upon the

electronic configurations (valence shell electronic configurations) of atoms of the:

elements. Some of the atomic properties are atomic radius, ionization energy,

electronegativity, electrical conductivity, melting and boiling

13.1.1.1 Electronic Structure '
Across the period 3 of the periodic table, from Na to Ar, each element has one

s
more proton and one more electron than the one precgdmc it. |

3 T 2%
- ISR Luis

points.

B - TR T g
BT T o=
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721,’/(‘ /J‘. /."/‘../(‘(‘/I" mie ( .”I’/"."/H'l/“(')”,H/-“ll/l". u/ the / ertod 3 /v,/,"/.i,“i‘;l‘

Atomic Complete Electronic \;I:(':(': Sh.(.” ]
RIS i SYmao) Number Configuration ( 'n;-*";{u’r‘::::jnn
Sodium Na 11 152252235 3g’
Magnesium Mg 12 s 2822])6 3s” 3¢’
Aluminium Al 13 1s?2s%2p° 3573p" 35%3p! ]
Silicon Si 14 1s?25%2p" 3s°3p’ 3s"3p
Phosphorus P 15 15> 2s%2p° 3s%3p’ 35"3p’
Sulphur S 16 15> 25%2p° 3s*3p" 3s"3p*
Chlorine Cl 17 1s*2s%2p® 35°3p° 363p°
Argon Ar 18 1§ 2s22p6 3573 p6 3¢%3 p"

Electronic configurations of atoms play an important role in knowing the
physical and chemical properties of the elements and their compounds.

13.1.1.2 Trends in Atomic Radius

The average distance between the centre of nucleus and the outermost
electronic shell of an atom is called atomic radius. The units used to measure atomic
radius are nanometre (Inm = 10~ m), angstrom (1A° = 10" m), and picometre (1pm

- 10—12 m). ; : ; i
. | \Table 13 2 Thg Atomic Radius of Atoms of the Period 3 Elements »
Element’ «ob -Seasies B0t Na Mg Al Si P S Cl Ar
P 150 | 145 | s | 1 IR Bs (79 [ T
The atomic radius generally decreases

from Na to Ar ac yeri is |
: : ross the period. This 1S
due to increase in the nuclear charge that pulls the electrons closer t hP L
number of core electrons remain @A Loitic nuelchs.

AT S the same acr. X :
shielding effect remains almost constant for the el(:esn;et s betiod. e it

nts.
13.1.1.13 | Trends in Ionization Energy
onization energy is the min;
electr R mum amount o . an
;o;;zla(:i]o r:r::;rthtsgsolated £ASCOUS atom o o infl::Snergy required to nemol\z ;l
. r ‘ .

The hishes thegyval ows how ‘tlghtly the electrop is boy cgl ound state. The valu -
1 ; value of ionization energy, the o Nd to the nucleus of an atom
clectron. For example, 496 kJ/m  energy ; 2ore difficult it is to remove the
gaseous sodium atom. Y 1S requi

red to remoye an electron from 4
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Table 13.3: First lonization Energy of Atoms of the Period 3 Elements

Element Na | Mg Al Si P S Cl Ar

IE (kJ/mol) 496 | 738 | 578 | 786 | 1012 | 1000 | 1251 | 1520

The minimum amount of energy needed to remove the first electron from an
isolated gaseous atom is called first ionization energy. For example, the first
ionization energy of magnesium is: -

Mg — Mg +1le” IE; =738 kJ/mol

The minimum amount of energy needed to remove the second most loosely

bound electron is called second ionization energy. For example, the second ionization
energy of magnesium is:

Mg" — Mg't+1e” IE, = 1451 kJ /mol

The amount of energy needed to remove the third electron is the third ionization
energy and so on. For example, the third ionization energy of magnesium is:

Mg™ —— > Mg+ le” IE; =7730kJ/mol

Ionization energy values increase with the removal of each electron because
the repulsion among the remaining electrons decreases. As a result of this, the force of
attraction between nucleus and valence electron increases.

Ionization energy values increase in the following order:
IMTE<2"IE < PUE <.

Ionization energy depends upon:

1) Atomic radius

11)  Nuclear charge

iii)  Shielding effect

iv)  Electronic configuration of Elements

The ionization energy generally increases from sodium (Na) to argon (Ar)
across the period. This is either due to increase in the nuclear charge or decrease in
the atomic radius along the period. The metals (Na, Mg and Al) have small values of
ionization energies while non-metals (P, S, Cl and Ar) have high values of ionization
energies. The high values of ionization energies of non-metals are due to their smaller
size. The high ionization energy of argon is due to its stable electronic configuration.

13.1.1.4 Trends in Electronegativity

Electronegativity is the relative tendency (ability or power) of an atom in 2
molecule to attract a shared pair (bond pair) of electrons towards itself.
Electronegativity has no unit. Elements with low electronegativity values are metals
and haye tendency to lose electrons. Elements with high electronegativity values are
_NOn-metals and have tendency to gain electrons. ;

B
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Element Na

Elecironegativity 0.93

ncluded in the table because the

The electronegativity of argon is not i

compounds of argon are rarc.
Electronegativity increases from sodium to ch

charge. The shielding effect remains constant along the period.

13.1.1.5 Trends in Electrical Conductivity
Electrical Conductivity is the ability of a matert ‘

The electrical conductivity is due to loose electrons in a material. Sodium, magnesium

and aluminium are good conductors, silicon is semiconductor while the rest of the

elements of period 3 are non-conductors.
Table 13.5; Electrical Conductivity of the Period 3 Elements

lorine due to increase in nuclear

al to carry an electric current,

Element Na Mg Al Si P S Cl Ar
Electrical ~
Conductivity Good | Good Good | Poor | None | None | None | None

Electrical conductivity increases from sodium to aluminium. This rise is due to
the increasing number of delocalized electrons in the metallic solid. Silicon has giant
covalent structure similar to that of diamond and has few delocalized electrons.
Because of this, it is a semiconductor. The elements from phosphorus to argon arc
non-conductors because their electrons are tightly bound to the nucleus and are not

free to move.

13.1.1.6 Trends in Melting and Boiling Points.

The melting and boiling points of period 3 elements i _ ,
L nt ght
up to the silicon and then gradually decrease. s increase from left to 11

T“”’? 13.6: Melting and Boiling Points of the Period 3 Elements
. : =

fement R Na | Mg | Al | si | S Ta |
"Melting Point.°C) =]
“‘gl"'mwc) 98 | 650 | 660 | 1420 [ 600 | 119 | —102 | 1%
Boiling Point (°C) | 883 | 1100 | 2400 | 2480 | 1000 | 422 _37".’1’32/

Melting and boiling points alenc
electrons or bond strength. The

of
sodifiemems depend upon the number of yalenc®
M, magnesium and aluminium have strong
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The other elements of period 3 (P, S. Cl and Ar) are non-metals and have low
melting and boiling points. This is because, they form simple molecules and their
molecules are held together by London dispersion forces which are very weak
attractive forces. The small amount of energy is required to overcome these attractive
forces.

The melting and boiling points of sulphur are higher than other three non-
metals (P, Cl and Ar). This is because; the size of sulphur (Sg) molecule is larger than
other three non-metals (P4, Cl, and Ar). The strength of London forces depend upon
the size of molecules. The larger the size of molecules, the stronger is the London
forces. Consequently, the melting and boiling points decrease in the following order:

Si>P,>ClL>Ar

13.1.2 Reactions of Period 3 Elements with Water, Oxygen, and
Chlorine

13.1.2.1 Reactions of Period 3 Elements with Water
Reaction of Sodium with Water
Sodium reacts with cold water violently to produce hydrogen gas and a
colourless solution of sodium hydroxide. The reaction is exothermic.
2Na + 2H,O0 —— 2NaOH + H,
Reaction of Magnesium with Water
Magnesium reacts with cold water gently to produce magnesium hydroxide.
Mg + 2“20 S Mg‘OH)z + H>
Magnesium burns in steam with white flame to produce magnesium oxide and
hydrogen gas.
Mg+ H;O — MgO + H,
Reaction of Aluminium with Water | |
Finely divided aluminium reacts with steam to give aluminium oxide and
hydrogen gas. This reaction is relatively slow due to the formation of aluminium
oxide layer on the surface of metal.
2Al + 3H, 0 —— AlLO; +3H,
Reaction of Silicon with Water
. Silicon does not react with water in its elemental form at room temperature. It
reacts with water at extremely high temperature producing silicon dioxide and

hydrogen gas. The inertness of silicon is due to a protective layer of silicon dioxide on
its surface.

Si + 2H,0 —» Si0, + 2H-

Reactions of Phosphorus, Sulphur and Argon with Water
Phosphorus, sulphur and argon do not react with water.
P4 + H,O ——— No Reaction
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S + H,O ——» No Reaction

Ar + H,O ——— No Reaction
Reaction of Chlorine with Water : :

Chlorine reacts with water to produce mixture of hydrochloric acjq and
hypochlorous acid. This reaction is reversible.

Cl, + HLO ——— HCI + HOCI

The HOC], in the presence of sunlight, is slowly decomposed into hydrochloric
acid and oxygen gas.

2HOCl —— 2HCl + O;
The equation that shows the overall change is as:

2Cl, + 2H,0 (_ﬁ 4HCI + O,

13.1.2.2 Reactions of Period 3 Elements with Oxygen

Reaction of Sodium with Oxygen
Sodium burns with a yellow flame to give a mixture of sodium oxide and

sodium, peroxide.

4Na + O, — 2Na,0

2Na +0, — Na,O,
Reaction of Magnesium with Oxygen

Magnesium burns in oxygen with a brilliant white flame to form magnesium
oxide.

2Mg + 0, — 2MgO
Reaction of Aluminium with Oxygen :

Finely divided aluminium burns in oxygen with a brilliant white flame ©
produce white alumina (aluminium oxide).

4Al + 30, ——> 2A1,04

Reaction of Silicon with Oxygen

Silicon burns in oxygen with a bri
produces silicon dioxide .

Si + 0, —20-100°C

ght yellow flame at high temperature and

Reaction of Phosphorus with Oxygen
Phosphorus burns in oxygen with a
The smoke contains phosphorus (III) oxide

P4 + 302 ) P406
P4 + 502 ——=0 P40!0

White flame and produces white smol®
and phosphorus (V) oxide. 2
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Reaction of Sulphur with Oxygen
Sulphur burns in oxygen with a brilliant blue flame and gives sulphur dioxide
gas.
S+ 02 s——) SOz
Reaction of Chlorine with Oxygen
Chlorine does not react with oxygen directly.
Cl, + O, —— No Reaction
Reaction of Argon with Oxygen
Argon does not react with oxygen.
Ar + O, ——> No Reaction

13.1.2.3 Reactions of Period 3 Elements with Chlorine
Reaction of Sodium with Chlorine

Sodium burns in the presence of chlorine with bright yellow or orange flame
and forms sodium chloride.

2Na + Cl, —— 2NaCl

Reaction of Magnesium with Chlorine

Magnesium burns in chlorine with intense white flame and forms magnesium
chloride.

Mg + Cl, —> MgCl,

Reaction of Aluminium with Chlorine

Aluminium readily combines with chlorine on heating to form aluminium
chloride.

2Al + 3Cl, ——> 2AICl;

Reaction of Silicon with Chlorine
Silicon reacts with chlorine on heating to form liquid silicon tetrachloride.

Si +2Cl, — SiCly

Reaction of Phosphorus with Chlorine

When dry chlorine gas is passed over molten white phosphorus, a mixture of
two chlorides (phosphorus trichloride and phosphorus pentachloride) is obtained. The
phosphorus gives phosphorus trichloride with limited supply of chlorine and
phosphorus pentachloride with excess chlorine.

Py + 6C12 — 4PCl;
Limited

P; + 10Cl, —> 4PCl;

Excess

-1
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| Reaction of Sulphur with Chlorine .
Sulphur reacts with chlorine on heating to form disulphur dichloride ligyjq

2S + Clz it 52C|2
Reaction of Argon with Chlorine

Argon does not react with chlorine.

Ar + Cl, — No Reaction
13.1.3 Physical Properties of the Oxides of Period 3 Elements

Oxides are the binary compounds (compounds composed of only tyg
slements) of oxygen with other elements. There may be oxides of all the elements
except fluorine. | '

The relationship between the physical properties of oxides of period 3 elements
and their structures is discussed here in this topic. Argon does not form an oxide
because it has complete outermost shell.
13.1.3.1 Structure of Oxides

The oxides of sodium, magnesium and aluminium consist of giant structure of
metal ions and oxide ions. Silicon dioxide has giant covalent structure. The oxides of
phosphorus, sulphur and chlorine consist of molecules.

Table 13.7: The Structure of Oxides of Period 3 Eleme nts

e ——

Na,O MgO : AlLOs S10, P4_()6 SOs —’C-‘lz‘q"
P3O0 SO2 _‘9_39_',..,‘

Giant Giant Giant ionic with Giant Molecular | Molecular Molecular
ionic_ | ionic | covalent character | covalent | Covalent | Covalent | Covalent
L___,_—//

Na,0, MgO, Al,O; and SiO, have strong attractive forces (Intra moleculd"
forces) in all directions. Hence, they have regular arrangement of particles (atoms O
ions) and have giant structures because the arrangement is repeated many times with
large number of particles throughout the substance. The oxides of rloﬂ'metals
(phosphorus, sulphur and chlorine) consist of molecules and have weak

intermolec
' ular forc.es (London Forces). Hence, they have simple structures and ¢
arrangement of their atoms is not repeated

13.1.3.2 Nature of Oxides
Sodl.um. z‘md magnesium oxides are ionic. The aluminium oxide is mOSt jon’
and has a significant covalent character. Silicon dioxide has a covalent characte™
oxides of silicon phosphorus, sulphur and chlorine have covalent characters:

{23 3 AT I
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Table 13.8: The lonic Character of Oxides of Period 3 Elements

P4sOs SO; CLO

Oxides | Na,O | MgO | ALO; Si0; P:Oso SO, CLO;
Character | Ionic Tonic I\;Ié)sjt(l:y Covalent Covalent Covalent Covalent

AEN 2:51 2.13 1.83 1.54 1.25 0.86 0.44

£ thf_z molten state because of the movement of ions.

The ionic character of period 3 elements decreases while covalent character
increases along the period due to decrease in the electronegativity difference. The
elements form ionic bonds when the electronegativity difference between two

elements is large. The elements form covalent bonds when the electronegativity
difference between two elements is small.

13.1.3.3 Melting and Boiling Points of Oxides

The oxides of sodium. magnesium and aluminium have high melting and
boiling points because they are ionic and a lot of energy is required to break the strong
attractive forces between the ions (cations and anions).

The melting and boiling points of silicon dioxide are also high because a large
amount of energy is required to break very strong silicon-oxygen covalent bond. It is
concluded that the oxides of metals (Na,O, MgO and Al,0;) and silicon (Si0,) have
giant ionic and covalent structures, hence they have high melting and boiling points.

Table 13.9: Melting and Boiling Points of Oxides of Period 3 Elements
Oxides Na;O | MgO | ALOs | SiO; | POy | PsOs | SO; SO; [CLO; | CLO

Melting
Point (°C) 1275 | 2852 | 2040 | 1610 | 340 | 24 17 -72 | -92

-120.6

Boiling
Point (°C) 1950 | 3600 | 2977 | 2230 | 360 | 173 | 45 -10 82 22

The oxides of phosphorus (P04 and P,O,), sulphur (SO, and SO;) and
chlorine (Cl,O and Cl,0) are simple molecular covalent. The melting and boiling
points of these oxides are much lower than those of metal oxides or silicon dioxide.
Because they consist of molecules and have intermolecular forces (dipole-dipole
forces or London dispersion forces). The strength of these forces depends either on
the polarity of molecules or on the size of molecules.

13.134  Electrical conductivity

The oxides of metals (Na,0, MgO and Al,Os) do not conduct electricity in the

Solid state due to absence of mobile electrons or free ions. They conduct electricity in

S ST T e — e
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Silicon dioxi

due to absence of mobile electrons or 10NS

Table 13.10: The Electrical Conductivity of Oxide

in the S10;.

s of Period 3 Elements

de does not conduct electricity either as a liquid or solid. Thjg ;,

{
P4O¢ SO; T’O
. , SiO -

Oxides Na,0 | MgO | ALO; Lt P4O)0 SO, —?07

In the Solid None None None None None None None
State —

Inthe Molten | pyioh | High | High | VeryLow | None None | Nope

State

The oxides of non-metals (P4Og, PsO1, SOz, SO3, CLO and CL,0,) do not
conduct electricity either as a gas, liquid or solid. Because they consist of molecules

and none of them have free electrons or ions.

13.1.4 Acid-Base Behaviour of the Oxides of Period 3 Elements

The ionic character of period 3 elements decreases while covalent character
increases along the period due to decrease in the electronegativity difference. The
elements form ionic bonds when the electronegativity difference between two

elements is large, while they form covalent bonds when the electronegativity
difference between two elements is small.

Sodium and magnesium oxides are ionic and contain O*

strongly basic ion that reacts with water to form hydroxide ions

O +H,0 — 20H"

Al O; has both ionic and covalent ch

both acids and bases to form salts.

Si0, has a covalent character. It do
It reacts with strong bases to form salts.

Oxides of non-metals have ¢
form acidic solutions when dissoly

ed in water,
Table 13.11: The Acid-Base Befy;
: haviour of Oxid ;
{ Oxides Na,O MgO WS_NM&PenOd3Elements_/
*\& P40y SO; ChOr
aracter | Songly | Weakl =5
Character | “p & Basicy Amphoteric| Weakly | - Sk VCIY},
Acidic | Acidic 2935 Y | Strong®
: :
| aeN | 250 (B2 s T s | i
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13.1.4.1 Trends in Acid-Base Behaviour
The basic character of oxides of period 3 elements decreases while acidic
character increases along the period due to decrease in the electronegativity difference

(AEN).
13.1.4.2 Reactions of Oxides with Water, Acids and Bases
Reactions of Oxides with Water

Sodium oxide reacts readily with water to form basic solution. The pH of
solution 1s around 14,

Na,O + H,O —— 2NaOH

Magnesium oxide reacts with water to form basic solution. The reaction is

slow and some magnesium hydroxide is formed in the reaction. The pH of solution is
around 9.

Aluminium oxide is insoluble in water and does not react with water.
ALO; + H, O —— No Reaction

Silicon dioxide does not react with water because it has a giant covalent
structure and is completely insoluble in water.

Si0; + H, O — No Reaction

The oxides of non-metals (phosphorus, sulphur, and chlorine) react with watcr
to form acidic solutions.

P;,O¢ + 6H,0 —— 4H;PO;, (Phosphorous acid)

PO,y + 6H.0 —— 4H;PO;  (Phosphoric acid)

SO; + O —— H,S0;, (Sulphurous acid)

SO; +H,0 —— H,SO, (Sulphuric acid)

Cl,O +H,0 —— 2HCIO (Hypochlorous acid)

ChO; +H,0 —— 2HCIO,  (Perchloric acid)
Reactions of Oxides with Acids

. Sodium oxide reacts with dilute hydrochloric acid to form aqueous solution of
sodium chloride.

Na;,0 + 2HCI ——» 2NaCl + H,0

: Magnesium oxide reacts with warm dilute hydrochloric acid to form aqueous
Solution of magnesium chloride

MgO+2HCT — MgCl, + H,0
: Aluminjum oxide reacts with hot dilute hydrochloric acid to form aqueous
Solution of aluminjum chloride.

ALO; + 6HCT — 2AICkL + 3H,0

— ?h3.§19?9‘19nVa.lur_n_ini,um_oxide\acts as a base.
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Silicon dioxide is a stable compound and does not react with most of the acjq

at normal conditions. It reacts only with hydrofluoric acid (HF).

SiO; + 4HF —— SiF, + 2H,0

Tetrafluorosilane (SiF,) reacts further with HF to produce hexafluorosilicic
acid.

SiF; + 2HF —— H,[SiF¢]

Reactions of Oxides with Bases . :
Aluminium oxide reacts with hot concentrated sodium hydroxide to form ;

colourless solution of sodium tetrahydroxoaluminate.
ALO; + 2NaOH + 3H,0 ——> 2Na[Al(OH),]
In this reaction aluminium oxide acts as an acid.
Silicon dioxide slowly reacts with hot concentrated sodium hydroxide to form

colourless solution of sodium silicate and water.
Sloz + 2NaOH —— NaQSiO3 + H20

Phosphorus trioxide reacts directly with sodium hydroxide to produce two
series of salts (sodium dihydrogenphosphite and sodium hydrogenphosphite).

4NaOH + PsO¢ + 2H,0 —— 4NaH2P03
8NaOH + P;O; ——> 4Na,;HPO, + 2H,0

Phosphorus pentaoxide reacts direct]
series of salts (sodium dihydrogen phos
sodium phosphate).

4NaOH + PsOo +2H,0 —— 4NaH,pQ,
8NaOH + P, 40 0 ———> 4N82}1P()4 + 2H20

y with sodium hydroxide to produce three
phate, sodium hydrogen phosphate and

12NaOH + P4O|o —_— > 4N&3P04 + 6H20

Sulphur dioxide reacts direct] :
: wit i ;
sodium sulphite. Y with sodium hydroxide solution to product

SO; +2NaOH — N32803+H20
When SO, is in excess then sod
SO, +NaOH —— NaHSQ,

ium bisulphite i8 formed

_ Y With sodj X
sodium sulphate. UM hydroxide solution to pfodu03.
SO3 + 2N30H> _') § N s+ 1*20
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Dichlorine monoxide reacts with solution of sodium hydroxide to produce
sodium hypochlorite.
Cl,O + 2NaOH —— 2NaClO + H,0
Dichlorine heptoxide reacts with solution of sodium hydroxide to produce
sodium perchlorate.
ClL,O; + 2NaOH —— 2NaClO, + H,0O

13.1.5 Chlorides of the Period 3 Elements
The binary compounds of chlorine with period 3 elements are called chlorides
yf the period 3 elements. The formulae of the chlorides of period 3 elements are given

in the table.
Table 13.12: Chlorides of Period 3 Elements

Formula of Chloride NaCl MgCl, | AICI SiCly Eg:z SCl
| S e +3
Oxidation Number +1 +2 +3 +4 45 +2

The oxidation number of the element in its chloride is equal to the number of
chlorine atoms attached to the element.

13.1.5.1 Nature and Structure of Chlorides
NaCl and MgCl, are white ionic compounds and consist of giant structures.

They composed of oppositely charged ions that held together by strong electrostatic

forces.
AlCl; is white covalent compdund. It has a layered lattice at room temperature.
It turns to dimeric gas (Al,Clg) on heating to about 180°C and then has a simple

molecular structure.
Table 13.13: Chlorides of Period 3 Elements

Formula of . PCl;
ihl(")l'idc NaCl MgCl, AlCl; SiCly PCI SCl,
Structure Tonic [onic Covalent Molecular | Molecular | Molecular
covalent covalent covalent

SiCly and PCl; are colourless covalent compounds. They are found in the liquid

States. They have simple molecular structures. Their molecules are held together by
Weak van der Waal’s forces.

PCls is a white ionic compound in the solid state and has an ionic lattice of

[F,(:lﬁ]-[PCh]+ However, it has a simple molecular structure in the gaseous State.

ST T - LA T NE TS
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SCl, is a cherry red liquid. It is a covalent compound and has a simple

molecular structure.
13.1.5.2 Melting and Boiling Points of Chlorides . i |
Sodium chloride and magnesium chloride have high melting and boiling points

t_cause they need a large amount of energy to break the strong electrostatic

attractions between their ions. . i
Aluminium chloride and silicon tetrachloride have low melting and boiling

points because they need small amount of energy to break weak van der Waal's forces

between their molecules.
Table 13.14: Melting and Boiling Points of Chlorides

>
Formula of NaCl | MgCL | Alcl, | sicly | PCh | PCls | SCh
Chloride
Melng 801 | 714 | 1926 | -68.74 | —93.6 | 160.5 | -121
Point (°C)
boting 1413 | 1412 | 180 | 57.65 | 761 | 1668 |- 59
Point (°C)

Phosphorus trichloride (PCl;) has low melting and boiling points due to
presence of weak intermolecular forces between their molecules.

Phosphorus pentachloride (PCls) has higher melting and boiling points than
phosphorus trichloride because they have different structures. The forces of
attractions that hold solid lattice of PCl; together are weak van der Waal’s forces and
that hold solid lattice of PCls together are strong ionic bonds.

SCl, has low melting and boiling points because their molecules are held
together by weak intermolecular forces.

13.1.5.3 Electrical Conductivity of Chlorides

= The chlorides of the period 3 elements on the left such as NaCl and MeCl, are
1onic. They do not conduct electricity in the solid because their ions are 10%1(;1 in
placesans not able to move. They can only conduct electricity when they are either
melted or dissolved in polar solvents such as water because i Y :
solution form their ions are free to move. glmelten state ot 1
Note that aluminium chloride is covalent not ionic as would normally be

expected from a metal and a non-meta] bi
L : : - inary
electricity eitherin solid state or in liquid state gombound, Tt does riot conduc!

The chlorides of the elements on the i
PCls, and SCl, are covalent in nature. They d
molten state becaqx_;h__ey do not have any jong ¢

N S PP
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13.1.5.4 Solubility of Chlorides in Water
NaCl does not react with water. It dissolves in water to form 4 neutral solution
(pH =7) of metal cations and chloride ions.

NaCl — X% , Na*+CI

MgCl, also does not react with w

ater. It dissolves in water to form slightly
acidic solution (pH = 6.5) of metal cations

and chloride ions.
Wat . ¥
MgCIZ\"> MgH + 2Cl

The covalent chlorides (Al Clg, SiCly, PCly and PCls)

are hydrolysed by water
to form acidic solutions.

ALCls + 6H,0 —™5 JAlOH), + 6HCI  (pH = 3)

SiCly + 2H,0 — , 60, + 4HCI (pH = 2)
PCl; +3H,0 —2< 5 H.PO, + 3HCI (pH = 2)
PCls +4H,0 —* , H.PO, + SHCI (pH = 2)

Keep in Mind |
Ionic chlorides generally give neutral solutions and covalent chlorides generally give i

acidic solutions in water.

13.1.6 Hydroxides of Period 3 Elements

The hydroxides of sodium and magnesium viz. NaOH and Mg(OH), are basic.
They are white hygroscopic crystalline solids. Sodium hydroxide is highly soluble in
water and magnesium hydroxide is slightly soluble in water. Sodium hydroxide reacts
with dil. HCI to produce colourless solution of sodium chloride.

NaOH + HCI —— NaCl + H,0

Magnesium hydroxide reacts with dil. HCI to produce colourless solution of « ©
magnesium chloride.

Mg(OH), + 2HCl —> MgCl, + 2H,0

The hydroxide of aluminium viz. AI(OH); is amphoteric, It can react both as an
acid and as a base. Aluminium hydroxide reacts with dil. HCI to produce colourless
solution of aluminium chloride.

Al(OH); + 3HCl ——> AIC; + 3H,0
Aluminium hydroxide reacts with the solution of sodium hydroxide to produce
less solution of sodium tetrahydroxoaluminate (IIT).

Al(OH); + NaOH ——» Na[Al(OH),]
e R i SR SRARSEET r
e 23

colour
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d Cl are SI(OH)4 }"I‘;P()4 H:SO_.“ and HC]O’ -

I bydrorides of Si, Fy 220 from the very weak silicic acid to the Very

They are all acidic. Their acidity ranges
strong perchloric acid.

- "
HO—Si—OH HOSSE==—0H
e OH
Odhosilicic scid Phosphoric acid
i I
Ho—ﬁ __OH O0—Cl—OH
0 0
Sulphuric acid Perchlonic acid

. The —OH groups of these hydroxides are covalently bonded to the atoms of
period 3 elements.

13.2 Group 1 Elements

: The elements of group 1 (IA) include lithium, sodium, potassium, rubidium,
cesium and francium, and are known as alkali metals. The word alkali has been taken
frorp an Arablc'word meaning “ashes”. Because many compounds of alkali metals
particularly sodium and potassium were isolated from the ashes of wood by early

t Configuration of Alkal; Metals
Name Symbol Atomic o Valence shell
o number | Electronic configuration electronic %
mE T e o
iu T -
Potas:ilum e II\-W ~gél'/
= e 19 b LrR
Rubidium Rb 3\% 4s'

- _* 1322822p63823p64823d10 6=l ‘—"‘l’/
Cestu Cs 55 | 182525323 5 s =
Francium Fr 87 1s% 25?0162 2

P 35°3n%4 23 410
; P f‘s 3d 4p6
L8 4150 % ps7s!

2=
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Their valence shell electronic configuration is "ns'". They are excellent
reducing agents. They form monovalent positive ions (M*) by losing one valence

electron and attain the stable electronic configuration of noble gases. They show
oxidation state of +1.

13.2.1 Atomic and Physical Properties of the Group 1 Elements

The trends in some atomic and physical properties of the group 1 elements are
discussed below:

13.2.1.1 Trends in Atomic Radius
The atomic radius of alkali metals increases as we move down the group. This
is due to increase in number of shells and shielding effect.
Table 13.16: Atomic Radius of Group | Elements
Element Li Na K Rb Cs Fr

Atomic 348
Radius (pm) 152 186 227 248 265 By (van der Waal’s)

Francium has the largest atomic radius of any other neutral element but it is an
extremely unstable element and little is known about its properties. The credit is,
therefore, goes to cesium.

13.2.1.2 Trends in First Ionization Energy
Alkali metals have one electron in the valence shell (ns"). This ns' electron is
loosely bound to the nucleus and this electron can be detached easily. They have,
therefore, the lowest first ionization energies of all the elements in the periodic table.
Thus, they are the powerful reducing agents.
Table 13.17: Ionization Energies of Group I Elements

Element Li Na K Rb Cs
Tonization Energy 520.3 495 8 418.9 403.0 375.7
(kJ/mol)

The ionization energy of alkali metals decreases down the group. This is due to
increase in atomic size.
13.2.1.3 Trends in Electronegativity
Alkali metals have greater tendency to lose their valence electrons and are
highly electropositive. Because of this, they have very low electronegativity values.
Table 13.18: Electronegativity Values of Group 1 Elements
Element Li Na K Rb Cs

| Electronegativity Values 0.98 0.93 0.82 . 0.82 0.79

The values of electronegativity decrease down the group due to increase in
_atomic size,

— aa——
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13.2.1.4 Trends in Melting and Boiling Points 1

They have very low melting and boiling points. This is due tq

he preg.,
weak metallic bonds of the alkali metals in the S?lid s.ta‘te. ' Presen of
Table 13.19: Melting and Boiling Points of Group 1 {ﬂm\m\\\r\\
Element Li Na K 5] -i \L\(-S\
Melting Point (°C) 180.5 97.8 63.7 389" ]| T
Boiling Point (°C) 1330 892 760 @\\670\
The melting and boiling points of alkali metals decrease

as We 2o dowy g,
group. This is due to increase in atomic size. As the size of atoms get larger
attraction between the metal cations and the negatively charged electronic ]y
becomes weaker and thus the melting and boiling points decrease.

13.2.1.5 Trends in Density

Mass per unit volume (m/V) is called density.
substance has in a unit

It means how much mass z
volume. Alkali metals have low
volumes.

densities due to large atomic

Table 13.20: The Densities and Atomic Volumes of Group 1 Elements
Atomic Volumes
(cm’/mol) 12.97 23.68
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Nazo + 2HCl —— 2NaCl + H,O

13.2.3 Reactions of Alkali Metals with Oxygen

Alkali metals react with oxygen or air quickly and thus becomes tarnished
(dull) due to the formation of a film of oxides on their surfaces. The alkali metals are.
therefore, stored in kerosene or paraffin oil to ensure safety and purity.

13.2.3.1 Formation of Oxides
Lithium reacts with oxygen to form mainly
normal oxide, Li,O (and some peroxide).

4Li + 0, — 2Li,0

2Li +0; —— Li0,  (Lithium peroxide)
Sodium reacts with oxygen to give mainly
peroxide, Na,O, (and some normal oxide).

4Na +0O; ——2Na,O (Sodium monoxide)

2Na +0; ——Na,0, (Sodium peroxide)
Potassium, rubidium and cesium react with
oxygen to give KO,, RbOz and CsO; respectively.

K + O, —— KO, (Potassium super oxide)

Rb + O, —— RbO,

Cs + O, ——> CsO, (Cesium super oxide)
13.2.3.2 Reactions of Oxides with Water

(Lithium monoxide)

(Rubidium super oxide)

Keep in Mind

The binary compounds of]
oxygen are called oxides.
They are mainly of three
types: normal oxides,
peroxides and superoxides.
The main difference between
normal oxide, peroxide and
superoxide is that the
oxidation state of oxygen of
normal oxide is—2, peroxide is
—1 and that of superoxide is —%.
Examples of normal oxides
are Na,O and CO,, peroxides
are Na,O, and K,O, while
those of superoxides are KO,

and RbO,. :

The normal oxides of alkali metals react with water to produce metal

hydroxides.
Li,O + H,O —— 2LiOH
NaZO + Hzo ——> 2NaOH

The peroxides of alkali metals react with water to produce metal hydroxides

and hydrogen peroxides.
Na,0, + 2H,0 —— 2NaOH + H,0,

The super oxides of alkali metals react with water to produce metal hydroxides

and hydrogen peroxides with the liberation of oxygen gas.

2KO,+ 2H,0 ——> 2KOH + H,0,+ O,
2RbO, + 2H,0 —— 2RbOH + H,0, + 0,

13.2.3.3 Reactions of Oxides with Dilute Acids
The normal oxides react with dilute acids to produce salt and water.

Li20 + 2HCl —— 2LiCl + Hzo

T —

1
iy
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S ine with dilute acids to
The peroxides are strong oxidizing agents. They comb
produce salt and hydrogen peroxide.

Na,0, + 2HCl —— 2NaCl + H,0,

e ine with dilute
The super oxides are also strong oxidizing agents. They combin
acids to produce salt, hydrogen peroxides and oxygen gas.

2KO, + 2HCl] —— 2KCl + H,0, + O,
13.2.4 Reactions of Alkali Metals with Halogens

Alkali metals react directly with halogens to produce their respective metal
halides.

2M + X; — 2MX

Where,
‘M’ represents Li, Na, K, Rb or Cs and ‘X, represents F», Cl,, _Brz or L,. ==
For example; when sodium reacts with chlorine, then sodium chloride is
formed.

2Na + Cl, —— 2NaCl

The halides of alkali metals are white crystalline solids and are readily soluble
in water. They are good conductors of electri

icity in the molten state or in solution
form. : |
13:2.5 Effect of Heat on Nitrates, Carbonates and Bicarbonates
13.2.5.1 Effect of Heat on Nitrates

The nitrates of alkali metals are highly stable toward heat. They decompose
Into nitrites and oxygen gas on strong heating except lithium nitrate. Lithium nitrate
decomposes more readily into oxide, nitro

gen peroxide and OXygen gas.
4LINO; —=, 215,04 4NO, + 0,

2NaNO; —=%__; oNaN, 4 0,
. The thermal stability of nitrates increases down the
polarizing power of positive

13.2.5.2 Effect of H
The carbonates of 1

s group due to increase in the
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. Sxcept beryllium which is grey in colour.

13.2.5.3 Effect of Heat on Bicarbonates
Thz bicarbonates of alkali metals are stable toward heat but are not much

stable. However, they decompose on heating to produce carbonates, carbon dioxide
and water vapours.

INaHCO; —=2 5 Na,CO; + CO, + H,0

The thermal stability of bicarbonates increases down the group due to increase
in the polarizing power of positive ions.

13.2.6 Flame Tests: Origin of the Flames

Various metals give very attractive coloured flames when burnt in air. The
colours of flames are the result of electrons moving from higher energy levels to
lower energy levels in metal atoms. The alkali metals give characteristic coloured
flames when a sample of an alkali metal or its salt is heated in the Bunsen burner. The
colour of the emitted light (flames) can be used to identify the alkali metals. This
process is known as flame test. Since the amount of energy released during the
returning of electron to the ground state is different in different atoms, hence,
different colours are imparted by the atoms to the flame.

Table 13.21: Alkali metals and their Flame Colours

Elements Lithium Sodium Potassium Rubidium Cesium
Crimson Yellow ~Lilac Red-violet Blue
Flame V
Colour

13.3 Group 2 Elements

The elements of group 2 (ITA) are beryllium, magnesium, calcium, strontium,
and barium. They are all metals and are known as alkaline earth metals. They are
harder, denser and have high melting and boiling points than alkali metals. Alkaline
earth metals are always found in combined states with other elements. These are the
second most active metals in the periodic table. They must be stored in oil (kerosene)
to prevent their reaction with oxygen and water vapours in the air. They are not found
as pure elements because of their high chemical reactivity. They are white or silvery

TR e ST egraaaE
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Table 13.22: Electronic ( (:,mf_ v;.mm
k) £ iy i i .+ configuration electronic |
- Atomic Electronic COIE configuration |
Name Symbol number Hrabon |
2s” |
2na2
Beryllium Be 4 L s T
. 12 1s%2s°2p" 3s 4
| Magnesium Mg s e |
| Calci Ca 20 | 1s°252p°353p4s — |
alcium =5 5 |
1s22s%2p° 3sz3p64823dm4p 5s 55 =
| Strontium Sr 38 > e ,
1s 2522p6 3523p 4s°3d 4p 652
Barium Ba 56 5s24d105p6682 “:
1s% 2s%2p° 35*3p®4s23d ' %4p° 782
Eadim i % | ssudsplesari*sd %6ptTs?

They have two electrons in the valence shell. They form dipositive ions by
losing two valence electrons and attain the stable electronic configuration of noble
gases. They show oxidation state of +2. Alkaline earth metals are less reactive than

alkali metals.

13.3.1 Atomic and Ph

The trends in some a

discussed as:

ysical Properties of the Group 2 Elements
tomic and physical properties of the group 2 elements are

13.3.1.1 Trends in Atomic Radius

The atomic radius of alkaline earth
due to increase in number of shells and shie

| Element

| Atomic Radius

!

Alkaline earth metals
B8 valence electrons are more tj
They have, therefore, higher

have twq ele
8htly bOlll’ld o th
first ionization o

lding effect.
Table 13.23: Atomic Radius of Gro
Be

up 2 Elements

Ra
283
ATk (van der Waal’s)
aline eart o= .
s due to hj hh ;,n el e s ler than those of alkali metals 1
. g charge density of alkaline eqrth
n Ionizatigy Energjeg metals.

°lons in thejy Valence shell (ns?). Theif

€ nucle _ X
ner U8 than those of alkali metals:
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Table 13.24: lonization Energies of Group 2 Elements

T El ment Be Mg Ca Sr Ba Ra

I

First Ionization
Energy (kJ/mol)

899 737 590 549 503 509

Second Ionization

Energy (kJ/mol) 1757 1450 1145 1064 965 979

Their first and second ionization energies decrease down the group due to
increase in atomic radii. The ionization energy of radium is, however, higher than
barium.

Keep in Mind

The ionization energy of radium is higher than barium. This is because the radium has a
filled 4f subshell; the 4f electrons shield very poorly so that nuclear charge for radium is
32 units higher than barium. The higher nuclear charge available for the radium valence
electrons causes a contraction of the 7s orbital and an increase of the ionization energy.

13.3.1.3 Trends in Electronegativity Values
The electronegativity values of alkaline earth metals are small, but are higher
than values for the alkali metals.

Table 13.25: Electronegativity Values of Group 2 Elements
Element Be Mg Ca Sr Ba Ra
Electronegativity 1.57 1.31 1.00 0.95 0.89 0.89

The values of electronegativity decrease down the group due to increase in
atomic size.

13.3.1.4 Trends in Melting and Boiling Points
The melting and boiling points of these elements are higher than alkali metals.

Table 13.26: Melting and Boiling Points of Group 2 Elements
Element Be Mg Ca Sr Ba Ra
Melting Point (°C) 1287 649 839 768 727 700
Boiling Point °CO) 2500 1105 1494 1381 1850 1700

Melting and boiling points of these metals do not show any regular trend
because they adopt different crystal structures.

133.2 Trends in Reactivity with Water
: Although alkaline earth metals are less reactive than alkali metals, but they are
still more reactive than the majority of other metals. Alkaline earth metals (except

g:sryllium) react with water to produce hydroxides with the liberation of hydrogen

2+ 2H0 —— Ca(OH), + H,

N R L L R 71050, ) T A A
5 15
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: % 1 the group due to
The reactivity of alkaline earth metals "?C}:ed::fer (;3:;1[ at higl% lerrll)Pcralure.
increase in atomic size. Beryllium does not react wit W o6 (25°C), but it will react
Magnesium does not react with water at .room temp‘:“ on eas. Whereas calcium,
with steam to form magnesium hydroxide and hy' rog - gr&iuce B e and
strontium and barium react with water at room temperature (0 p

hydrogen gas.

1333 Reactions with Oxygen and Nitrogen :
13.3.3.1 Formation of Simple Oxides and Peroxnde§ .
Alkaline earth metals react with oxygen to form normal oxides except barium
and radium. Barium and radium, however, produce peroxides. The tendency of
alkaline earth metals to form peroxides increases from top to bottom in a group.
The reactivity of alkaline earth metals with oxygen increases gomg from the
top of the group to the bottom. Beryllium is relatively inert because 1t has a strong

thin layer of oxide on its surface. It reacts with oxygen at 600°C. It is much reactive in
the powder form.

Formation of normal oxides:

2Be + 0, —— 2BeO

2Mg + O, —— 2MgO

2Ca+ 0, ——> 2Ca0

Formation of peroxides: i P L

Ba+ 0, BaO, Beryllium nitride is a covalent

i ; compound due to small size,

r+0 — Sfoz e high charge density and low
13.3.3.2 Formation of Nitrides on Heating |ionization energy of
in Air

peryllium. It has weak
All the alkaline earth metals react with nitrogen to|'Mtérmolecular force of

produce nitrides of the general formula, M;N,, 32?:.?0“8* whic(l; leads tohits

3Be + N, ——» atie nature. On the other

= Nz BedN; hand the nitrides of other

g+ N2—— Mg;N, alkaline earth metals are ionic

3Ca+ N, —— Ca,N or electrovalent and are non-

13.34 Trends in § 12b Youtile. ey
i In Solubility of

Carbonates ) the Hydroxides, Sulphates and

13.3.4.1 Solubility of Hydroxides
The solubility of hydroxides in wa
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13.3.4.2 Solubility of the Sulphates

The solubility of sulphates in water gradually decrease down the group. Thus
BeSO; and MgSOy are fairly soluble, however CaSO; is slightly soluble in water,
while the sulphates of strontium, barium and radium are almost water insoluble.

13.3.4.3 Solubility of Carbonates

The carbonates of alkaline earth metals are very slightly soluble in water. The
solubility decreases down the group.

13.3.5 Trends in Thermal Stability of Nitrates and Carbonates

13.3.5.1 Trends in Thermal Stability of Carbonates
The carbonates of alkaline earth metals decompose on heating to form metal
oxide and give off carbon dioxide gas.

Cato; —= —3 Cal +CO;

Thermal stabilities of carbonates of alkaline earth metals increase down the
group due to increase in ionic radii of cation moving down the group. This increase in
atomic radii of metal cations reduces their polarizing power, which results in less
polarization of the anion (CO3%) by the larger metal cations. Because of this the
decomposition of carbonates becomes more difficult.

13.3.5.2 Trends in Thermal Stability of Nitrates
The nitrates of alkaline earth metals decompose on heating to produce metal
oxide, nitrogen peroxide and oxygen gas.

2Ca(NO;), —22 5 2Ca0 +4NO, + 0,

The temperature at which thermal decomposition occurs increases moving
down the group.

13.3.6 Peculiar behaviour of Beryllium

Beryllium differs in many of its properties from other alkaline earth metals due
to its small atomic size and comparatively high electronegativity. The main points of
difference of beryllium from other family members are:
1) Beryllium is much harder than other family members.
i) The melting and boiling points of beryllium are much higher than other alkaline
~ carth metals.
i)  The compounds of beryllium are more covalent than other members of its
family. This is due to high charge density of beryllium than the rest. The high
charge density of beryllium makes the removal of electron difficult.
Beryllium does not react with either cold water or steam. Other alkaline earth
metals react with water to form hydroxides and hydrogen gas.

Ca +2H,0 —— Ca(OH), + H;
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v)  Beryllium reacts with alkalis to produce hydrogen gas while other elements of

its group do not react with alkalis.
Be + 2NaOH —— Na;BeO» + H,

Sodium beryllate

vi) The oxides and hydroxides of beryllium are amphotcric. They: behave as acids
towards strong bases and act as bases towards strong acids.
Be(OH), + 2NaOH —— Na,Be(OH)4

: Sodium tetrahydroxoberyllate (11)
Be(OH), + H,SOy — BeSO; + 2H,0
The oxides and hydroxides of other elements of group 2 are basic.
vii) Beryllium carbide forms methane gas while other alkaline earth metals form

acetylene gas on hydrolysis.
Be,C + 4H,0 ——> 2Be(OH), + CH,y

CaG + 2H,0 ——> Ca(OH), + C,H,

viii) The nitride of beryllium, Be;N, is volatile while the nitrides of other alkaline

earth metals are non-volatile.
ix) Beryllium forms a large number of stable complex compounds whereas the

"
- 5

| Mining and Extraction of Elements/Metals
' Mining of Elements/Metals
The earth crust is made up of various compounds and native elements such as

' gold, silver, copper and sulphur. The main elements in the earth crust are oxygen (46%)
“and silicon (28%). The rest of the earth crust is predominantly made up of aluminium
| (8%), iron (5%), calcium (4%), sodium (3%), magnesium (2%), and pdtassiixm'(i%). :
| M etals_ are important to society and support our modern standard of living. The naturally
-occurring rocks that contain metals or metal compounds in sufficient amounts to make it
 profitable to extract them are called ores. The extraction of ores from the earth is called
- mining. Ores are natural resources that human beings have been mining for thousands
- ofyears, The ores are mined from the ground, either by surface or underground methods

Extraction of Elements/Metals from Their Ores :

The method of extraction of a metal from its ore depends on the reactivity of
- metals. The most reactive metals are extracted hardly while the less reactive metal
extracted easily from their ores. The unreactive metals such as gold are not fi e
' and are found in un-combined states, 2 poitoRacnores
The reactive metals such as potassium i i i
aluminium are extracted by electrolysispwhile the ,le::?(laz:giv:?nk;&?;, o
tin and lead are extracted by reaction with carbon or carbon monoxide

such as zinc, iron,

oy ) St
— CLADIRY. Stk TR
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’ Metal oxide + Carbon > Metal + Carbon dioxide
| The carbon removes the oxygen from the metal oxide and forms carbon dioxide,

leaving the pure metal behind. Reactions which involve the removal of oxygen in this
! way are called reduction reactions.

] The native metals such as copper, silver, gold and platinum do not need to be
 chemically extracted from their ores, but chemical reactions may be required to remove
\other elements that might contaminate the metals. )

13.4 Group 14 Elements

The group 14 (IVA) consists of carbon, silicon
have four electrons in the valence shell and can form

an essential constituent of life. It is found in proteins, carbohydrates, fats, etc. Silicon
is the second most abundant element in the earth’s crust. It is a semiconductor and is
commonly used in solar cells. transistors and computer chips. Germanium, a
semiconductor, is used in computer industry. Lead, a metal, has been used for
plumbing and to block radiation. Nowadays it is mainly used in the manufacture of
car batteries, protective shielding around nuclear reactors and containers used for
storing and transporting radioactive materials. Tin, a metal, ‘is used to coat other

metals to prevent corrosion. It can also be used in alloy formation such as solder,
bronze and pewter.

» germanium, tin and lead. They
four covalent bonds. Carbon 1S

The elements of group IVA show intermediate properties. These elements are
present between strongly electropositive elements (Group IA, IIA and IITA) and
strongly electronegative elements (Group VA, VIA and VIIA).

Table 13.27: Electronic C onfigurations of Group 14 Elements

N Valence shell
Name |Symbol| tOlTl:lC Electronic configuration electronic
o i 2 configuration
K
Carbon & 6 1s22s22p2 25%2p?
\n‘
Silicon Si 14 |15°25%2p°3s%3p? 23p2
Ml 3573p
Germanium | G 32 [1s°25%2p° 35%3p%45%3d 4 45%4p?
Sn S0 [15°25%2p° 35%3p%453d 45552441052 5525p2
1s%252p® oy
Pb 82 3sg3p64823d104p65824d105p66s24fl45d106p2 ‘63. 6P
\

___Their valence shell electronic configur
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| ents
13.4.1 Physical Properties of Group 14 (IVA) Elem

i sed below:
: > > nts are discussed
The trends in physical properties of group 14 eleme

13,4.1,1 Trends in Melting and Boiling P"il“4ts
The melting and boiling points of group 14 €1€ e

This is due to increase in atomic size and decrease m.ll"l Rt
Table 13.28: Melting and Boiling Points of Group 14 Element

lements decrease down the group.
atomic forces.

: Sn Pb |
Element G Si Ge = —
Melting Point (°C) 3550 1420 945 —
Boiling Point(°C) 4830 2480 2850 2623

S - . e S
The melting and boiling points of carbon and silicon are very high because
they have tendencies to form macromolecules.

13.4.1,2 Trends from Non-metal to Metal

Metallic character increases down the group. Carbon- and silicon are non-

metals, germanium is semimetal, and tin and lead are metals. The electrical properties
of silicon are similar to that of a semimetal.

134,13 Oxidation State

The elements of group IVA have four electrons in their valence shells and they
have an oxidation state of +4. The first three elements may also have an oxidation
state of =4 when they are bonded to more electropositive elements. Tin (Sn) and lead

(Pb) also show an oxidation state of +2 that is the only oxidation state in which they
produce ionic compounds.

; The stability of +4 oxidation state decreases and that of +2 oxidation state
Increases on moving down the group. For example, the ¢

ompounds of Ge*" are less
stable than Ge**.The compounds of Ge2* act as stro i ile th
T ng reducing agents w
Ge* act as oxidizing agents. e I

.. On the other hand, the compounds of Ph**
Pb " (PbCly). Therefore, the compounds of Pb** are

o
Pb™. The compounds of Pb** act ag reducing agen
oxidizing agents.

.(Pb.Clz) are more stable than
10nic and more common than
ts while those of Pb*t
Inert Pair E

The ten

ffect and the Nature of Bond
dency of ns* electrons of the v

i : sl alen :
remain unshared or unionized js called inert P'l'( Ice shell of metallic elements to
C

fect. The ability of an electron to

g€l L']()SC!' to the 1L eh
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The nature of bond is also affected by oxidation state. The metal compounds in
their lower oxidation states are ionic in character while in their higher oxidation states
they are covalent. For example, stannous chloride (SnCl,) and plumbous chlon(!e
(PbCl,) have +2 oxidation states and they are mainly ionic. Conversely the stannic
chloride (SnCly) and plumbic chloride (PbCl,) have +4 oxidation states and thgy are
fairly covalent. This is because the size of Sn** and Pb** ions is smaller than Sn** and
Pb** ions. The smaller the size of cation, the greater its tendency to form covalent
bond. The tendency of cations to form ionic bonds increases down the group.

13.4.2 Chlorides of Carbon, Silicon and Lead
The chlorides of carbon, silicon and lead have general formula MCl,. They are
simple covalent molecules that are held together by weak van der Waal’s forces.

Since, they have low melting and boiling points and are frequently volatile liquids.

Their melting points generally increase with increase in molecular mass. They have
tetrahedral geometries.

13.4.2.1 Preparation of Tetrachlorides
The tetrachlorides may be prepared either by heating the element with

appropriate halogen or by passing dry halogen over a highly heated mixture of
dioxide and carbon. :

M +2Cl, —— MCJ,

MO, + 2C + 2Cl, —— MCl, +2CO

Where, M represents C, Si and Pb.
13.4.2.2 Thermal Stability , ~

The chlorides of carbon and silicon (CCl, and SiCly) are stable at high
temperature and does not decompose easily. Conversely, the chloride of lead

decomposes on heating. The thermal stability of tetrachlorides decreases from CCl, to
PbCl,. Thus: CCl, > SiCl, > PbCly

13.4.2.3 Reactions with Water (Hydrolysis)

Carbon tetrachloride does not react with water.

CCly + H,0 —— No reaction ‘

Silicon tetrachloride (or tetrachlorosilane) and plumbic chloride react with
Water readily. :

SiCl, + 2H,0 —— Si0, + 4HCI

PbCl, + 2H,0 — PbO, + 4HCI :

Some of the PbCly decomposes into PbCl, due to the instability of PbCl,.

PbCl 4—— PbCI, + Cl,

Pb
hot water

e H)Cl?, J"L) Pb2++2C]l'

e

Cl, is ionic in nature and slightly soluble in cold water and more soluble in
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14 (IVA) Elements

f group IVA oxides and the.
rmula MO. Examples are.
Examples are:

y are:
CO, SnO and PbO.
CO,, Si0,, SnO; and

13.43 Oxides of Group
There are two main typeslof
al formu

Monoxides: They have generd orn
l[)iuxi(dcs: They have general formula MO:.

ok : silicon Dioxide

e s 19 Caﬂm&? Dfi(‘m"g: ;‘rg(tii%g;:;n?‘}r!)m silicon dioxide.
bRy NS i f carbon d1OXI . ‘ g
The physical propertics O b e A
Carbon dioxide is a colourless and odourless gas. e ol

=2 4,
extineuishers and to carbonate beverages. The silicon dloxu e
at orainary temperature. The oxides of the rest of the group

s Sl e i
Because of this the structure of carbon dioxide 18 different from the rest of the oxides

of group IVA.
Structure of Carbon Dioxide
Carbon dioxide consists of simp

is triatomic. The bond strengths and bond lengths show t
oxygen double bonds in the carbon dioxide molecule.

g=c=0

The molecule of carbon dioxide has two dipoles. They are equal and have
opposite directions. So they cancel the effect of each other. Therefore, the dipole
moment of carbon dioxide is zero. Thus the only intermolecular forces in pure carbon
dioxide are London dispersion forces. Hence, CO, is a gas. The solid CO, is called
dry ice and has a face centred cubic structure. It is used in carbonated drinks, freeze
meat, frozen foods and ice cream.

le molecules. The molecule of carbon dioxide
hat there are two carbon-

Structure of Silicon Dioxide
Silicon dioxide is commonly

called silica. Most sands contain |

particle of silica 5 and some |i : 3

impurities like iron oxide. Silicon \Q/// \Q/ e

dioxide is very stable. The structure o

of silicon dioxide is very different

. - ‘ : ~

dimensional polymeric structure, In
the crystal structure of silicon
dioxide, each silicon atom is bonded P i
to four oxygen atoms and every = \0/ l
oxygen atom is bonded to two
silicon atoms.

-t
e '\O/T\
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There is a regular tetrahedral arrangement of four oxygen atoms around each
silicon atom. This arrangement gives a glant structure of silicon and oxygen atoms.

All the bond angles around silicon atom are 109.5°, consequently it has
tetrahedral geometry. Silicon atom in silicon dioxide has no free electrons. Thus it
does not conduct electricity under normal conditions. _

13.43.2  Acid-Base Behaviour of Group 14 (IVA) Oxides

The acidity of oxides of group 14 decreases down the group. The dioxides of
carbon and silicon are acidic while the dioxides of germanium, tin and lead are
amphoteric. The monoxide of carbon (CO) is neutral while those of tin and lead are
amphoteric. :

Oxides of Carbon and Silicon

Carbon monoxide is often regarded as neutral oxide, but it is very slightly
acidic. It does not react with water to produce the expected formic acid, but it can
react with hot concentrated sodium hydroxide solution to produce solution of sodium
formate. :

NaOH + CO —— HCOONa

Carbon dioxide is acidic and reacts slightly (about 0.1%) with water to
produce the carbonic acid. ' : ' '

The carbonic acid then ionizes slightly to form hydrogen ion and bicarbonate

100.

H,CO; &= H +HCO;

The bicarbonate ion can further ionize to give carbonate ion.

HCO; — H' + C0;”

Carbon dioxide reacts with cold sodium hydroxide to produce solutions of
either sodium carbonate or sodium bicarbonate, depending on the quantity of
réactants. 7

NaOH +CO, —— NaHCO,

INaOH + CO, —— Na,CO; + H,0

Silicon dioxide does not react with water because it has giant covalent
SUU.Cture. It reacts with hot concentrated sodium hydroxide solution to produce
Sodium silicate,

2NaOH + Si0, ——> Na,Si0; + H,O

The Oxides of Germanium, Tin and Lead

The monoxides of germanium, tin and lead (GeO, SnO and PbO) are amphoteric

s Fhey feact with both acids as well as bases.

T
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i)  GeO +2HCI —— GeCl, + H,O
GeO + 2NaOH —— NﬁgGCOz + H20

Sodium Germinate (1I)
ii) SnO+2HCI —— SnCl+ H,0
SnO + 2NaOH —— Na,Sn0, + H,0

Sodium Stannate (1)

iii) PbO+2HCI —— PbCl, +H,0
PbO + 2NaOH —— Na,Pb0O, + H,0

Sodium Plumbate (11)

The dioxides of germanium, tin and lead such as GeO,, SnO, and PbO, are
amphoteric as they react with both acids and bases to form salts.

i) GeO;+4HCI —— GeCl, +2H,0
GeO, + 2NaOH —— Na,GeO; + H,0

Sodium Germanate (V)

ii) SnO,+4HCI ——SnClL + 2H,0
SnO; + 2NaOH —— Na,SnO;  +H,0

Sodium Stannate (1V)

iii) PbO,+4HCI —— PbCl, + 2H,0
PbO; + 2NaOH —— N82Pb03 + H,0

Sodium Plumbate (1V)

Molten NaOH is required for the reaction of PbQO, t : |
plumbate (IV), 2 10 produce  sodium

- luminum. whi
sealed, and retains the food’s nutritiona] value, Im, which ke

: Canning s 5
food preservation. Canned food can be stored for g S

ST

NN
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Group 17 Elements

7 (VIIA) ¢ ements MSsist Ol

13.

5
fluorine, chlorine, bromine, iodine
and astatine, a e collec : The word *halogen’ comes from the
Greek ‘halos’ and ‘genes’ meaning ‘salt formers’. This is because all of these
elements react directly with metals produce salts. They are all poisonous and
corrosive. They are the most reactive nonmetals. Fluorine is the most reactive
nonmetal known. Because of high chemical reactivity, they cannot exist as free in
nature. They are found in combined form as minerals deposits in sea water, salt lakes
and in underground salt beds.

’ 1 r !
['he group 17/

[ VIIA Group Elements

T . .
| Aol [ Valence shell
Name |Symbol e f Electronic configuration electronic
L5 TR g vJ e, 5 configuration
‘i]tffinfi*_&_i 9 1 l\st"?ip( . 2522p5
| Chiorine C | 17 | 1s*2%2p%3s%p° 3s3p’
Bromine | Br | 35 l Is’ 2_{2,»" 3s"3p°4s?3d""4p’ 4s%4p’
| | 2 ~ :"') 6
lodine | I 53~ | A5 252D 255
= | 7| 35%3p4s73d"%4p557%4d 5 p° R
| l.1.22 2 6ot i bnalbned
| Astatine At |'" 8BS ls, 28,,,2') ,,3 - ,3p,:1 ; 3? :1p 65°6p°
J } 5574d'"5p°6s74f'*5d"6p P

They have seven electrons in their outermost shells. Two electrons in the ns

orbital and five electrons in the np orbital. The fluorine is the only halogen which
shows only -1 oxidation sate while other elements show —1 as well as +1, 43, +5, +6
and +7 oxidation states. ’

The halogens exist as diatomic molecules and they are all coloured. Their
molecules are held together by weak van der Waal’s forccs)'

T'able 13.30: Physical States and (,'ulrmrs'‘r.;j'j“[‘lul(,.g,(.,,_s

Elements F, Cl; Br, 16
| Physical States Gas Gas Liquid - Solid
[
: Pale yellow | Greenish yellow | Reddish brown | Lustrous violet
black
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The trends in some atomic and physical properties of the group VIIA elements
are discussed below:

13.5.1.1 Trends in Atomic Radius
The atomic radii of group VIIA elements go on increasl

the group. This is due to increase in the number of shells. -

ng as we move down

Tabie 13.31: Atomic Radius of Halogens

=
Element F Cl 7 Br

Atomic Radii (pm) 72 99 114

13.5.1.2 Trends in Electronegativity
Halogens have very high values of electronegativity. These values decrease
from fluorine to iodine as the atomic number increases. The fluorine is the most

clectronegative atom among all of the elements.

Table-13.32: Electronegativity Values of Halogens

Elenient F Cl Br I
Electronegativity 3.98 3.00 2.96 2.56

: 13.5.1.3

Trends in Electron Affinity

Electron affinity values decrease from chlorine to iodine. The electron affinity
of fluorine is less than that of chlorine. This is due to smaller size of fluorine. When
an extra electron is added to fluorine atom, the high electron density is produced
round the fluoride ion. This high electron density increases the repulsion between the
electrons already present in the relatively compact 2p orbitals of fluorine and the

' electron being added. Due to this electron-electron repulsion, the fluorine atom shows
lesser tendency to attract an electron towards itself to form fluoride ion and hence the
electron affinity of fluorine becomes less than that of chlorine. The order of electron
affinity values of halogens is: Cl < F > Br > L.

Tqble 13.33: Electron Affinity of Halogens
[ Element F I Br I

[ Electron Affinity (kJ/mol) 328 349 T -295

13.5.11’.{4l ‘ .'lf_rehnds in Melting and Boiling Points

alogens have low melting and boiling poi ' : 13

: , , points. Their melting and boiling
Pomts _gradl{ally increase down the group. This is because the Loncigon dis ersio;
forces become stronger as we move down the group. 5P

4‘:22.’3
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Fable 13.34: Melting and Boilin : Points of Halogens

r’m R e _C— Cl e Br; _ [;

Melting Points ( C) -220 -101 -7.2 114 7
| Boiling Points (C) | 188 -35 59 184
L i

13.5.1.5 Bond Enthalpies in Halogens
The amount of energy required to break all bonds in one mole of gaseous
substance 1s called bond enthalpy or bond energy.

Table 13.35: Bond Enthalpies of Halogens
Element F> Cl, Br; I
Bond Enthalpy (k.J/mol) 159 243 193 151

The bond enthalpies of the halogens decrease from chlorine to iodine due to
increase in atomic size, but the bond enthalpy of fluorine does not fit the pattern. The
expected value of bond enthalpy of F—F bond is about 290 kJ/mol. The actual value
of bond enthalpy of fluorine is 159 kJ/mol. The decrease in bond enthalpy of fluorine
is due to larger repulsion between the nonbonding electrons of small sized atoms of
the molecule.

13.5.1.6 Bond Enthalpies in Hydrogen Halides
The binary compounds of halogens with hydrogen are called hydrogen halides.
They are also known as hydrides of halogens or hydrohalic acids.

i

lable 13.36: Bond Enthalpies of Hydrogen Halides

Hydrogen Halide HF HC] HBr HI
‘ Bond Enthalpy (kJ/mol) 565 432 366 299
_ The bond enthalpies of hydrogen halides decrease as we move down the group.
.ThlS I due to increase in the size of halogen atoms. As the size of halogen atoms
icreases from fluorine to iodine, the hydrogen and halogen bond length in hydrogen
halides (HX) also increase from H—F to H—I. The increase in H—X bond length
?ei{reases the bond strength. Because of this the bond enthalpies decrease from H—F
0 H—],

135,

|

Strength of Halogens as Oxidizing Agents
electroII]‘IalOgens are strong oxidizing agents because they can easily accept one
OXidig; (0 complete their octet in chemical reactions. The §tre;ngth of h‘alogens as
o 18 agents decreases as we move down the group. This is due to increase in
o S1Ze and decrease in clectronegativity. The oxidizing power of halogens
€S 1n the following order:

U e

F.>ClL>Bn>1h |
~ ERgme————
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ens because of
7 T s among the halog
The oxidizing power of fluorine 1s maximum among

its small size and high electronegativity.
The oxidizing properties of halogens can
The fluorine has ability to oxidize the ¢
chlorine, bromine and iodine respectively.
F, +2CI" —— 2F +Cl,
F, + 2Br —— 2F +Brn;
F, 42T — 2F +];

i follows:
be explained as s
hloride, bromide and iodide ions to

: i iodide i mine and
The chlorine has ability to oxidize the bromide and iodide ions to bro
iodine respectively.

Cl, + 2F —> No action

Cl, + 2Br —— 2CI" +Bn,

Ch+2 — 2CT + 1,

The bromine has ability to oxidize the iodide ions to iodine.
Br, + 2F ——— No action

Bry, + 2CI' ——— No action

Br, +2I" —— 2Br +1,

The iodine cannot oxidize any halide ion,

[, + 2F - - No action
I, + 2CI —— No action
I, + 2Br” —— No action

13.5.3 The Acidity of Hydrogen Halides

All the halogens combine with hydrogen to produce
HCI HBr, HI) and their aqueous solutions

hydrogen halides (e. g. HF,
or simply halogen acids.

ate commonly known as hydrohalicacids

The general formula of hydrogen i :
hydrogen halides are irritan(. yerogen halides is HX. Al the

H; + X, —— 215X

All the hydrogen h.alicFe molecules in the gaseous state are essentially covalent

. n?e are n9t able to ionize to give hydrogen jon (proton) but in aqueous solution

they ionize to SIvE hydrogen ions. The hydrogen ions combine with i 1

to form hydronium ions, H;0" and hence hydrogen halide mbleCl:;ts a:,tater H‘lzlecu "
as acids.

and he

HX + H20 — H3O+ + x-

man T Tramman.
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The acidic strength (proton releasing power) of HX molecules increases from
HF to HI. The acidic strength of hydrogen halides is in the following order:
HF < HCI < HBr < HIL. Thus HF is the weakest and HI is the strongest acid. HF
ionizes only slightly and is therefore a weak acid whereas HCI, HBr and HI ionize
almost completely and are therefore strong acids.

Fable 13.37: Dissociation Energies of Hydrogen Halides

| Hydrogen Halide HF HCI HBr HI
Dissociation Energy (kJ/mol) 565 432 366 299

The weakest acidic nature of HF is due to (1) the high dissociation energy of
the H—F bond and (ii) the formation of weakest conjugate base (F) during the

ionization of HF molecules. Its conjugate base has very little tendency to gain proton
from water.

13.5.4 Halide Ions as Reducing Agents and Trends in Reducing

Strength of Halide Ions

A substance that loses electrons during a chemical reaction is called reducing
agent while a substance that gains electrons during a chemical reaction is called
oxidizing agent.

The reducing agent reduces other substances (decrease the oxidation states of
other substances) and is oxidized itself (its oxidation state is increased). The halide
ions (or hydrogen halides) reduce the oxidizing agents and are oxidized to X5
molecules. For example,

4HX + 0,— 2H,0 + 2X,

In the above reaction, the halide ion (or hydrogen halide) acts as a reducing
agent because it loses electrons.

The trend in the reducing ability of halide ions (or hydrogen halides) is
Opposite to the trend in the oxidizing power of the halogens. The reducing properties
of halide jong (or hydrogen halides) increase from fluoride ion (or HF) to iodide ion
(or HI). This is due to increase in the ionic radii of halide jons down the group of
Periodic table, The reducing properties of halide ions or hydrogen halides are in the
following order:

F'<CI'<Br <I' or HF<HCI<HBr<HI
_ The fluoride ion or HF is the weakest reducing agent while the iodide ion or HI
18 the strongest reducing agent. In reality, the fluoride ion or HF has no considerable
"educing Properties at all. The fluoride ion or HF is so weak that it does not reduce
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To T is als able to reduc
even very strong oxidizing agents such as SOy, and HL It is also not a ©

any of the halogens (Cl Br, and 1) to its corresponding halide 10ns (or halogen

acids). For example:

2F + Cl; » No action
2F +Bn; » No action
2F + I» » No action

The chloride ion (CI7) or HCI molecule reduces only strong oxidizing agents
like F» and is itself oxidized to Cl,. It can neither reduce Br; nor L.

21 +F, —— 2F +Cl,

2C1" + Br, ——> No action

2CI" +1, —> No action

The bromide ion (Br ) or HBr molecule reduces Foand Cl; but not I.
Br +F, — 2F +Bn N i
2Br + Cl, — 2CI + Br,

2Br + 1, —> No action

The iodide ion (I') or HI molecule, being the strongest reducing agent, can

reduce all of the other three halogens to their corresponding halide ions (or halogen
acids).

2A°+F — 2F +1,
Wt Clig eirs 0GR ]

2l +Br, — 2Br +1,

We may say that a given halide ion (or halogen acid) can reduce only that
halogen molecule which lies above it in the group 17 (VIIA) of the periodic table. The

halide ion (or halogen acid) cannot reduce that halogen molecule which lies below it
in the group,

r—

’ Properties and Commercial Uses of the Halogens
- Properties and Uses of Fluorine
Fluorine is highly toxic colourless gas. It is the most electronegative and reactive
element, It reacts directly with all elements except helium (He), neon (13 d (AD)
It is used in the manufacture of chlorofluorocarbons, 4 ¢) and argon (Ar)-

e commerci S
M crcially known as Freons:

v
A
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Freons are used as I‘L‘l]'ig.‘t‘l':lnl in lL‘li'i}lL‘l'ill()l',\'. L‘()()Iing agent in air conditioners, aerosol
propellants and cleaning agents. Fluorine is also used in the manufacture ().f Teflon. Tcﬂf)n
is a valuable plastic and is used for coating the electrical wiring. It provides a non-stick
surface for frying pans and other cooking related products.

Properties and Uses of Chlorine

Chlorine (CL) is a highly toxic gas with a pale yellow-green colour. Chlorine is
chemically less active than fluorine but more active than bromine and iodine. Some of the
uses of chlorine depend on its toxic effects. For example, chlorine is used as a disinfectant
in swimming pools and water treatment plants. Many organic compounds of chlorine are
used in the manufac ure of antiseptics, insecticides, weed killers and herbicides. Chlorine |
iIs a very strong oxidizing agent and is used commercially as a bleaching agent. Large
amounts of chlorine are used to make solvents such as carbon tetrachloride (CCly),
chloroform (CHCl3), dichloroethylene (C,H,Cl,), and trichloroethylene (C>HCls).
Properties and Uses of Bromine

| Bromine (Br,) is a reddish-orange liquid with an unpleasant, choking odour. The
| vapours of bromine are irritating to the eyes and throat, The liquid is highly corrosive and
| can cause serious burns if spilled on the skin. Bromine is chemically less active than
 fluorine and chlorine but more active than iodine. Bromine is used to prepare flame

retardants, fire-extinguishing agents, sedatives, germicides, pesticides, fungicides and
' insecticides. Bromine can also be used as a disinfectant like chlorine.

' Properties and Uses of Todine

| Iodine is an intensely coloured solid with an almost metallic lustre. Todine vapours
| are irritating to the eyes and respiratory system. lodine is chemically less active than other
' halogens (not counting astatine). Iodine acts as an antioxidant in our blood. It is also used
45 a cough expectorant, and is also helpful in treating allergies, dermatitis, bladder
| infections, and moles. The human body uses iodine to make thyroxine, an important
' hormone (chemical messenger) produced by the thyroid gland. The thyroid is a gland
' located in the neck that plays an important role in metabolism. The deficiency of iodine in
| the human body can lead to 'goiter’, a swelling around the neck. Iodine can be used as a

|
|

- Water purifying agent. It is also used as a sterilizing agent. Todine can also be used for the

\Prparation of antiseptics such as iodex and tincture. | - |
i |
| Properties and Uses of Bleaching Powder i

Bleaching powder is also known as calcium hypochlorite or sometimes calcium
OXychloride and its chemical formula is CaOCL. It is a pale yellow powder and has a
Strong smef] of chlorine. It loses chlorine when it reacts with carbon dioxide as;

. \\ CaOCl, + CO; —> CaCO; + Ch
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It is mainly used to bleach cotton, wool. linen in textile i'n(luslrles, 'a‘nd W.QZd Pl‘”[;-
It is used as an oxidizing agent in many industries to obtain various ChCl’I’IIL%lI P"“ UFIS- L
is used in the slcrilizuli:m 1»1’ water and makes water free from g(.:rms' e uscc‘l L fhe ;
manufacture of chloroform, which is used as anaesthetics in hospitals l?y doct.ors before |
and germicide in sewers and drains. It is used as |

surgery. It is used as a disinfectant
\_bathroom cleanser. It makes wool unshrinkable. R e

( Fluoride Toxicity and Deficiency |

| Fluoride is a trace mineral, which means it 1s only needed in a small' amoum.. This |

trace mineral is currently considered essential by some scientists. The main funCFlon of |

' fluoride is to harden the bones and teeth. An adult male needs 1.5 to 4.0 mg daily. An

Il adult woman requires less and children require even less depending on how much they

" weigh. It is found in grape products, dried fruits, dried beans, cocoa powder and walnuts.
The good dietary sources of fluoride are fluorinated water, sea food, seaweed and tea. |

|
|
|
|
|

' Fluoride Deficiency |

‘l The term fluoride deficiency means a condition where the concentration of

' fluoride essential to human health is less than required limit. The reduced intake could |

' lead to a fluoride deficiency and result in the development of dental caries (tooth decay).
Deficiency of fluoride can cause dental caries, brittle and weak bones, and fractured hips |
in the elderly. The dental carries in children is more, where the fluoride in drinking water

"is less than 0.5 mg/L. Normally water containing 0.5 to 1 mg/L is considered to be
sufficient in most parts of the world.

' Fluoride Toxicity (Overdose)
The term fluoride toxicity means a condition where the concentration of
 fluoride essential to human health is high than required limit. Excess fluorine can
accumulate in teeth and bones, causing fluorosis. Fluorosis is a cosmetic condition, not a
| d1§ease. Often, it is so mild that only a dental professional can detect it. Teeth affected by
- mild fluorosis may show no changes or changes visible only to a dental professional. Mild
| to moderate fluorosis produces white lines, streaks or spots. In more severe fluorosis. the
' teeth can become pitted and have b ,
| p and have brown, grey or black spots. The ena
I' an unusual shape. : el
| ; he mSa;:lzc: clio;es of ﬂuonﬂe ;20 to 80 ppm daily) can give rise to:
al fluorosis, which i i 3 i iti '
= s a hardening of the bones along with arthritic pain,
| stiffness, nerve damage and finally paralysis.
| e Gastrointestinal irritation and haemorrhage

\
N
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e There are four blocks of elements in the periodic table, namely s-, p-, d- and f-
block.

o The s-block elements are those elements in which last electron enters into s-
orbitals.

e The elements of group 1A are called alkali metals except hydrogen. They are soft,
silvery-white metals and good conductors of heat and electricity.

e The elements of group IIA are called alkaline earth metals. They are harder and
denser and have high melting and boiling points than the alkali metals.

o Alkali metals form 1+ ions by losing their one outer s-electron, while the alkaline
earth metal form 2+ ions by losing their two outer s-electrons.

* The elements of second period from multiple (double or/and triple) bonds but are
generally unable to form more than four bonds.

* The ionization energy and clectronegativity generally increase, while atomic
radius and metallic character generally decrease from left to right in a period of
periodic table.

* The ionization energy and electronegativity generally decrease, while atomic
radius and metallic character generally increase from top to bottom in a group of
periodic table.

* The electronic configuration of group IV A show that they contain four electrons in
their outer most shells, two electrons of which are in s-orbital and the re
two are in p-orbitals.

* The elements of group IVA (C, Si, Ge, Sn and Pb) show the usual increase in
metallic character down the group. They frequently adopt an oxidation state of +4,
but the +2 state becomes increasingly more stable from Ge to Sn to Pb. ,

* Halogens (F, Cl, Br and I) are very reactive non-metals, Oxidizing power of
halogens decreases from F, to L.

The acidic strength of hydrogen halides increases from HF to HI.

* The reducing properties of hydrogen halides increase from HF to HI.

maining

\Mulliplc Choice Questions ||

Select one answer from the given choices for each question:
1)

Which of the following give strong alkaline solution in water?
(a) Sodium (b) Potassium
(¢) Beryllium (d) Maesium_
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1) The total number of electrons in the valence shell of p-block clements varies
trom:
a) 1106 (h) 2t07
(¢ 08 () | o8

1) The atomic radii in s=block elements:
, Decrease down the group
lncrease down the group
- Remains same in the group
1 First decreases and then increases
v) The general electronic u\nhgumlmn ol p block elements is as:
(a) ns'. ns” (h) n\ np
@) ns,np’ () ns’,np'™°
V) Alkali and alkaline earth metals give flame tests when burnt in air. It is due to:
(a) Excitation of electrons
(h) De-excitation of electrons
(¢) Smaller ionic radius of these metals
() Smaller charge density of these metals P
vi)  Basic oxides react with acidic oxides to form
(a) Hydndes (h) Halides
(¢) Hydrogen halides (d) Salts
vii)  The characteristic flame colour of cesium is:

(2) Green (h) Blue
) Yellow (d) Violet
viii)  Which one of the following oxides is acidic?
(@) CO, (b) GeO,
() SnO, (d) PbO,
ix)  Which one of the following elements only form dioxide?
(a) Carbon (b) Silicon
(¢) Germanium (d) Tin
x)  The lowest melting points in carbon family (group IVA) is of:
Si.licon (b) Germanium .
, \(A;L 'I]‘m (d) Lead
Xi teml;e: zgieof the following reacts with water in elemental form at room
(a) Argoq (b) Sulphur
‘Chlorme (d) Silicon
xii)  Which one of the following is liquid at room temperature?
(a) Fluorine (b) Chlorine il
(¢) Bromine (d) lodine
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x111)

X1V)

XV)

XVl1)

XVil)

xviii)

Which one of the following is the strongest oxidizing agent?
Fluorine Chlorine
Bromine lodine
The bond enthalpy of fluoriie is:
Less than chlorine More than chlorine
More than bromine Less than iodine
Which one of the following has giant structure?
SO, (D) SIOQ_
(‘Ig()? () P40]()
Which halogen of the followin g can oxidize all other halide ions?
lodine (b1 Fluorine

Bromine 1) Chlorine
The HCl is unable to reduce:

Cl, (b) F,
(¢) L (d) HF
Which halogen acid cannot be stored in glass containers?

(a) HF (b) HCl
HBr (d) HI

Q.6

0 &

Q.10.
0

[ Short Answer Questi;)_n; » )

“'Why are the al’kali__ metals so reactive? . R e e e

Why are alkali metals stored if 6i17 '« 4a = oos i

Why the reaction of caesium with water is very fast, violent and exothermic?
What are the general trends in melting and boiling points going down the alkali
metals?

What is the effect of atomic radius on the chemical reactivity of the alkalj
metals?

Which are the most and the least reactive alkali metals?

What are the products of a reaction between:

(i) An alkali metal and water? (i) An alkaline earth metal and water?
How Many  electrons do alkaline earth metals have to lose o attain the
electronic configuration of noble gases?

Why are metals like sodium, potassium and aluminium not available in free
State in natyre?

Why is the ionization energy of radium higher than barium?

Why is BeCl, covalent and not ionic?
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Q.12. Be(OH), is amphoteric, how" s e
Q.13. Can you explain why alkaline earth mcll‘ll.s .m) N.i.li(m s e,

o " ' show the thermal decompo . : |

ite an equation to show the : PR o
el L, :t f beryllium hydroxi
.15 i ati show the reaction o
/rite an equation to shc
Q . 1 % 18 \\ rie <
and base. il s o
i > tor of electricity

Q.16. Why is molten sodium chloride a good conductor

3 ' . ; 2 \ A ol 1Cnls

).17. Why hvdrogen and helium belong to s-block elen . ;
ok et Chloride i > than stannic chloride, why'
Q.18. Stannous chloride is more stable than st

. s . : : l)
Q.19. SiO, is a solid and CO; is a gas, why
Q.20.
.21,
Q Wﬂ.

. . - ()
Why Fluorine is the most reactive element in Group 17°

. < f)
Explain why the electron affinity of fluorine is less than tr.lat ‘(?)f chlorine’
Why the bond energy of fluorine is less than that of chlorine’
Q.23. Why 1s HF a weak acid than other hydrohalic acids?

Q.24. Explain why the HCI molecule can reduce only F, to HF but neither Br; to HBr
nor [, to HI?
Q.25. Why the reactivity of halogens decreases down the group?
Q.26. Why are iodide ions stronger reducing agents than chloride ions?
Q.27. What makes one atom more electronegative than another?
X» ‘ljong <Answer Questions /
Q.1. Write a short note on s-block, p-block, d-block and f-block elements?
Q.2. Discuss the atomic and physical properties of period 3 elements.
Q.3.  Explain the reactions of period 3 elements with:
(1) water (ii) oxygen (iii) chlorine.
Q-4. Describe physical properties of oxides of period 3 elements.
Q5 V]Vhat do? you know about acid-base behaviour of the oxides of period ?
elements?
Q.6.

Describe reactions of the oxides

) of period 3 elements with:
(1) water (i1) acids (iii) bases,

0.7 Wl.'lte note on structure, electrical conductivity, solubility, melting and boilint
points of chlorides of periog 3 elements,

Q.8. Write down properties of hydroxides of period 3 elements

Q.9. What are alkali apg alkaline ¢ ‘

arth
configurations? .

metals and draw thejr electroni
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Q.10.
(3.1},
Q.12.
Q.13.

Q.14.

Q.15.
Q.16.
Q.17.
0.18.

Q.19.

0.20.
Q.21.

Q.23.

Q.24
Q.29
Q.26.
Q.27.
.28,
Q.29.
Q.30
Q.31.
Q.32
Q.33

Describe the atomic and physical properties of alkali metals.

Explain the trends in reactivity with water of alkali metals.

Explain the reactions of alkali metals with oxygen and halogens,

Describe the effect of heat on nitrates, carbonates and hydrogen carbonates of
alkali metals.

How are the colours produced in the flame tests?-Explain.

Explain atomic and physical properties of alkaline earth metals.

Discuss the trends in reactivity of alkaline carth metals with water.

Describe the reactions of alkaline earth metals with oxygen and nitrogen.
Discuss the trends in solubility of hydroxides, sulphates, and carbonates of
alkaline earth metals.

Explain the trends in thermal stability of the nitrates and carbonates of alkaline
earth metals.

How beryllium differs from other members of its group?

Write short note on group 14 (IVA) elements. What are the atomic and
physical properties of group IVA elements?

. Define the term inert pair effect. Explain inert pair effect in the formation of

ionic and covalent bonds,

Write down preparation and thermal stability of chlorides of carbon, silicon
and lead.

Describe the reactions of group IVA elements with water.
Discuss the important oxides of group IVA elements,

Describe the acid-base behaviour of group IV A oxides.

What are halogens and draw their electronic configuration ?
Explain the atomic and physical properties of halogens.

Briefly discuss strength of halogens as oxidizing agents.

Write note on acidity of hydrogen halides.

Halide ions act as reducing agents. Explain,

Give the trends in reducing strength of halide ions,

Write a balance chemical equation for the reaction of:

1) Calcium with water

i) Sodium monoxide with water

i) Aluminium with water

V) Sulphur trioxide with water

v) Chlorine(VII) oxide (Dichlorine heptaoxide) with water.

Scanned with CamScanner




