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PERIODIC TABLE AND
. @ PERIODIC PROPERTIES

Student Learning Outcomes Q(eaiB:ZIRIYeSIE:SE]

After studying this chapter, students will be able to:

e Explain the arrangement of elements in the periodic table. (Understanding)

e Identify the positions of metals, nonmetals and metalloids in.the periodic table.
(Understanding)

e Explain that the periodic table is arranged into four bloeks| associated with the four
sublevels s, p, d, and f. (Understanding)

e Recognize that the period number (n) is the outer energy level that is occupied by electrons.
(Understanding)

e Deduce the electron configuration of an atom-from the element’s position on the periodic
table, and vice versa (based on s, p, d and-f subshells). (Understanding)

e  State that the number of the principal energy level and the number of the valence electrons
in an atom can be deduced from its position on the periodic table. (Knowledge)

e Deduce the nature, possible position in the Periodic Table and identity of unknown elements
from given information about.physical and'chemical properties. (Understanding)

e  Predict the characteristic properties of an element in a given group by using knowledge of
chemical periodicity. (Application)

e Explain that vertical and horizontal trends in the periodic table exist for atomic radius,
ionic radius, ionization energy, electron affinity and electronegativity. (Understanding)

e Explain the trends in the ionization energies and electron affinities of the Group 1 and
Group 17€lements. (Understanding)

e Recognize that trends in metallic and non- metallic behavior are due to the trends in
valence electrons. (Understanding)

e Suggestthe types of chemical bonding present in the chlorides and oxides from observations
of their physical and chemical properties. (Understanding)

e Describe (including writing equations for) the reactions, if any, of the oxides (acidic and
basic) with water (including the likely pHs of the solutions obtained). (Understanding)

e Explain with the help of equations for, the acid / base behavior of the oxides and the
hydroxides NaOH, Mg(OH), including, where relevant, amphoteric behavior in reactions
with acids and bases (sodium hydroxide only) (Understanding)

e Explain with equations for, the reactions of the chlorides with water including the likely
pHs of the solutions obtained. (Understanding)
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e  Explain the variation in the oxidation number of the oxides and chlorides (NaCI, MgCl,
in terms of their outer shell (valence shell) electrons. (Understanding)

e Write equations for the reactions of Na and Mg with oxygen, chlorine and water.
(Application)

e Explainthevariationsand trends interms ofbonding and electronegativity. (Understanding)

One of the most important turning points in the history of science was the creation of
the periodic table, which led to many important innovations. It is accurate to refer to the
periodic table of elements as the “Symbol of Chemistry.” In the modern periodic table,
118 elements are arranged in tabular form in the current periodic table based on their
atomic number.

1.1 HISTORICAL BACKGROUND

Many elements, such as Gold, Silver, Iron, Phosphorus, Sulfur,
Zinc, and Arsenic have been known since the pre-historic”era.
However, the first classification was made in the 18" century.
Antoine Lavoisier attempted to classify known.elements as
metals and nonmetals. In 1829, Débereiner grouped the elements
into triads (a group of three) with similar preperties, noting that
the atomic weight of the middle element was roughly the‘average
of the other two. Examples of such triadsinclude lithium, sodium,
and potassium (’Li, 2*Na, 3°K).

English chemist John Newlands, (in, 1864, first time observed

Dmitri Mendeleev

e . . .. . arranged elements
periodicity in the 62 known elements were arranged in increasing  according to their atomic

order of their atomic masses:»He classified the elements into  masses and his table was

; : the first most notable effort
groups so that every eight.element resembled the first element in 1 the classification of

properties. elements

In the same year, LotherMeyer developed his famous curves by plotting a graph between
the atomic weight-and atomic volumes of elements. These curves also showed periodicity.

In 1869, Russian'chemist Dmitri Mendeleev, considered the father of the Periodic Table,
arranged 63 elements by increasing atomic mass, aligning elements with similar properties
into groups. The success of his table was hidden in leaving gaps for undiscovered elements
and predicting their atomic mass and properties, which proved accurate when these
elements were practically found.

In 1913, Moseley determined the exact atomic numbers of known elements using X-ray
emission, resolving flaws and discrepencies in Mendeleev’s table by arranging the elements
by atomic numbers instead of atomic masses. This significant breakthrough led Moseley
to modify the Periodic Law to state that the properties of elements are periodic functions
of their atomic numbers.

-




1.2 MODERN PERIODIC TABLE - MAIN FEATURES

The classification of elements in the modern periodic table helps in the easier understanding
of their properties. Following are some of the main features of the modern periodic table:

e Presently, 118 elements are grouped in the table in ascending order of their respective
atomic numbers.

e There are seven horizontal rows called periods and eighteen vertical columns called
groups. (In older versions of the table, there were 8 vertical groups were divided into
two types of groups: eight A-Groups and ten B-Groups.

e In the periodic table, elements within the same group exhibit similar chemical
properties, because they have the same number of valence electrons: However, they
show a gradual change in physical properties from top to bottom in-a group.

e Elements in a period show a gradual change in properties moving from left to right in periods.

Other than groups and periods in the periodic table, there are different ways of grouping
the elements into various blocks, families and categories just.to enhance understanding.

1.3 METALS, NON-METALS AND METALLOIDS

Elements can be broadly classified as metals, nonmetals and metalloids. Metals are elements
which tend to lose electrons to form positive.ions, Examples are iron, copper, gold and
silver. On the other hand, non-metals are elements which'itend to gain electrons to form
negative ions. The examples are chlorine, sulfur and phesphorous. The metalloids separate
the metals and nonmetals in the periodictable. The-metalloids exhibit some properties of
metals and some of non-metals. Mostly periodictables have a “stair-step line” on the table
identifying the element groups. The line begins.at boron (B) and extends down to polonium
(Po) including Si, Ge, As, Sb and Te. Elements to the left of the line are considered metals.
Elements just to the right of the line exhibit properties of both metals and nonmetals and
are termed as metalloids orsemimetals. Elements to the far right of the periodic table
are nonmetals. The exception is hydrogen, the first element on the periodic table.

GROUP

Alkall Metals W Non-metals 78 Atomic Number

pt IS

Platinum Name
195.1 Average Atomic Mass

Figure 1.1 Modern periodic table
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1.4 BLOCKS IN PERIODIC TABLE

Elements in the periodic table can be classified based on the subshells containing their
valence electrons. For instance, the valence electrons of elements in the first two groups
are in the “s” subshells, placing these elements in the s-block.

I
s Block

d Block

| ‘\)
fBlock .h~
| 0

Figure 1.2 Blocks in periodic table

Similarly, transition elements belong to the d-block;-and the elements in the two series at
the bottom of the table (known as Lanthanides.and Actinides) are categorized as f-block
elements. The remaining elements in groups 13 to 18, including the inert gases in the last
group, belong to the p-block. Knowing the block to which an element belongs provides
valuable information about its characteristies, chemical reactivity, oxidation states and
other properties such as electronegativity-and ionization energy,electron filling, etc.

1.5 FAMILIES IN PERIODIC. TABLE

Elements may be categorized according to element families. An element family is a set of
elements sharing common_properties. There are five famous families of elements in the
periodic table:

i) Alkali metals

Elements in the«group 1 of the periodic table (Li, Na, K, Rb, Cs, Fr) are known as alkali
metals becausethey produce alkalis when they react with water. Alkali metals have one valence
electron. These are the most reactive metals.

ii) Alkaline earth metals

Group 2 elements (Be, Mg, Ca, Sr, Ba, Ra) are metals primarily found in the earth and form
alkalis; hence they are called alkaline earth metals. These elements have two electrons in
their valence shell. They are less reactive metals than alkali metals.

iii) Transition metals

The transition metals make up the largest family of elements in the middle of periodic
table. They include four series of d-block elements, as well as the lanthanides and actinides
(f-block elements) found in the two rows below. Examples include Cr, Fe, Co, Ni, Cu and
Zn. They exhibit variable oxidation states. They mostly form coloured compounds.




iv) Chalcogens

The group 16 elements (O, S, Se, Te, Po, Lv) are called Chalcogens because most ores
of copper (Greek chalkos) are oxides or sulfides. In this group, oxygen & sulfur are non-
metals, Se, Te, Po are metalloid and livermorium is a metal.

v) Halogens

Elements in group 17 (F, Cl, Br, I, At, Ts), known as halogens. The term “halogen” means
“salt-former” because these elements easily react with alkali metals and alkaline earth
metals to form salts. Halogens are highly reactive nonmetals with high electron affinities.
Halogens can easily accept one electron to complete their outermost shell.

vi) Noble Gases

The noble gases are a group of unreactive elements

present at the extreme right of the periodic table in howeverthey have some compounds. An
Group 18 (He, Ne, Ar, Kr, Xe, Rn, Og). Due to their example is compounds of xenon such as
complete outermost shells, they are almost entirely ~ xenon-hexafluoroplatinate (XePtFy), the
unreactive under normal conditions and rarely form  \word inert gases was changed to noble
compounds with other elements. SASES.

Quick Check 1.1 o N

a) Why are the elements in Groups 1 and 2 known as's=block elements?
b) Name the elements in the chalcogen family: Give'their two characteristics.

1.6 PERIODIC ARRANGEMENT AND ELECTRONIC
CONFIGURATION

Understanding the periodic arrangement.of elements in the periodic table offers valuable
insight into their physical properties, such as their physical state and atomic radii, as well
as their electronic structure and chemical reactivity.

%@ Keep in-IVlind

Although, ‘noble gases are unreactive,

e The period number indicates shell number (n), representing the number of electron
shells surrounding the nucleus. For example, an element X in the 3rd period has three
electron shells, with its valence electrons located in the 3" shell. The specific subshell
where. the valence electrons are found, depends on the element’s block. If an element
X in the 3" period is in the s-block, its valence electrons are in the 3s subshell.

e The group number indicates the number of valence electrons; for instance, an element
X in the 3" period and group 2 has two valence electrons in its outermost shell. Thus,
the element X in the 3" period and group 2 (s-block) has two valence electrons in the
3s subshell, which means that X would be magnesium (Mg).

Consider another example:

X belongs to group 13 and period 3

In above example, the element X belongs to group 13 of periodic table so it has 3 valence
electrons; and it is found in period 3 so it has three shells around its nucleus.
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=

It means that the 3 valence electron are in the 3rd shell. The configuration will be:

1s? 25?2 2p® 3s? 3p!
NJ NJ d
15t shell 2nd ghell 3t shell

Understanding the periodic arrangement of elements provides an explanation of an
element’s electronic configuration, which is essential for understanding its chemical
properties and behavior.

Quick Check 1.2

a) X belongs to group 14 and period 2
i.  Write electronic configuration of the element X.

ii. Identify block of the element. Identify this element from periodic table.

b) Predict the electronic configuration of an element that is in period 4 and.group 17
without consulting the periodic table.

1.7 PERIODICITY OF PROPERTIES

The Modern Periodic Law states: “The physical and chemical properties of elements are
periodic functions of their atomic numbers.”

Studying the variation in properties with-atomic numbers is important. We will study the
following properties of elements in the periodic table.

1.7.1 Atomic Radius

The atomic radius is a measure.of the
size of an atom. It is half of the-distance 1 2 3 4 5 6 7 8

atomic size decreases >

between two identical <atems bonded ﬂ 1 He
together. The atomic ‘radius can vary " Li Be) (B) (O ™ ©
depending on the type-of bond (covalent, 2 F Ne
metallic & vander Waals forces) and 5 Na | (Mg} (AL} (si) (P) (8 @
the state of theZatom. For example, the § Ar
radius can ‘be different in a covalent H K Ca | [ Ga  (Ge (As) (Sc (Br) Kr
bond compared to an ionic bond. The é
atomic radius is typically measured in g Rb S OV OY W WK
picometer (pm) or Angstrom (A).

Cs Ba Tl Pb Bi  (Pa [ At Rn
Periodic trends in atomic
radius: Figure 1.3 Variation in atomic radius across

periods and down the groups

The factors affecting the atomic radius

are: number of shells, effective nuclear charge and shielding effect of inner electrons.
Generally, atomic radius decreases across a period (from left to right) in the periodic table
due to increasing nuclear charge, which pulls the electron cloud closer. Conversely, atomic
radius increases down a group (from top to bottom) because additional electron shells




are added, so more shielding makes the atom larger despite the increase in nuclear charge
(which is outweighed) .

1.7.2 Ionic Radius

The ionic radius is a measure of the size of an ion in a crystal lattice. It is defined as the
distance from the nucleus of an ion to the outermost electron shell, measured in picometer
(pm) or angstrom (A). When an atom loses one or more electrons to become a positive
ion, it generally becomes smaller than the neutral atom. This is because of the loss of an
electronic shell. The nucleus pulls the remaining electrons more strongly. Contrarily when
an atom gains one or more electrons to become an anion, it generally becomes larger than
the neutral atom. This is because the addition of electrons increases electronic repulsion,
as a result the electron cloud expands.

While moving across a period from left to right, the ionic radius, of cations decreases
due to the increasing nuclear charge which pulls the electrons closer. For anions, the ionic
radius also decreases across a period because the increasing nuclear charge also pulls the
electrons closer to the nucleus.

On the other hand, both cations and anions increase in'size as we move down a group.
This is because the shell number (n) increases, deading to an increase in the number of
electron shells. Consequently, the distance between the nucleus and the outermost electrons
becomes larger, outweighing the effect of increased nuclear charge.

L' gy 60 | Be’im 34 171 0*gm140| Fam136
152 111 66 64

' \ 2- -
65 AP gy 50 S 184, © 181
186 160, 143 104 99

3 Se?- Br’
133 € 99 Ga’ g 62 198 185
231! 197 122 117 114

Rb_ Sr2+ In3+ Te?, I
148 113 81 221 216
244 215 162 137 133

Figure 1.4 Variation in lonic Radius (Ions are coloured red (cation) and green(anion); parent atoms brown

a) Which factors affect atomic and ionic radii?
b) Using your knowledge of Period 3 elements, predict and explain the relative sizes of:
i.  the atomic radii of lithium and fluorine ii.  a lithium atom and its ion, Li*
iii. an oxygen atom and its ion, 0>~ iv. a nitride ion, N3>~, and a fluoride ion, F~.
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1.7.3 Ionization Energy

“The energy needed to remove one electron from each atom in one mole of atoms of
the element in the gaseous state to form one mole of gaseous 1+ ions is known as 1st
ionization energy (AH;;).”

Na —> Na, + ¢ AH;; =494 kJ mol™!
Cay —> Caly +e  AH; =590 kJ mol™!

If a second electron is removed from each ion in a mole of gaseous 1+ ions, we call it the
2nd ionization energy, AHi2. Again, using calcium as an example:

Caly ——> Ca%, + AHj, = 1150 kJ mol=k:

Removal of a third electron from each ion in a mole of gaseous 2+ ions’is corresponds to
the 3rd ionization energy. Again, using calcium as an example:

3rd ionization energy:
Ca*f,) —> Ca’{, +e AH; =4940 kJ mol !

An element can have several ionization energies;.the exact number corresponds to its
atomic number.

Factors affecting the ionization energy

The magnitude of the ionization energy of an element depends upon the following factors:

i) Nuclear charge

Greater the effective nuclear charge,-greater.is-the electrostatic force of attraction, more
difficult is the removal of an electron from. the atom. For this reason, ionization energy
increases with an increase in the effective nuclear charge.

ii) Size of the atom or.ion

In bigger atoms foree of attraction between the nucleus and the outermost electrons is
weaker. Therefore, the ionization energy decreases as the size of the atom increases and
vice-versa.

iii) Electronic arrangement

It is observed that half-filled and completely-filled orbitals are stable. Therefore, the
ionization energy is higher when an electron is to be removed from a fully-filled or half-
filled subshell.

a) Noble gases have highest ionization energies in their respective periods. It is due to
highly stable fully-filled shells (ns? np®).

b) Oxygen has lower ionization energy than nitrogen due to the half-filled subshell of

nitrogen.
;N =1s% 25> 2p, ! 2p,! 2p,! (more stable) AH;, = 1403 kJ mol™!

O = 1% 25> 2p > 2p, ' 2p,! (less stable) AH;, = 1365 kJ mol™!

-




iv) Shielding effect

Greater the shielding, easier it is to remove the valence electrons from an atom. Larger the
number of inner electrons, greater is the shielding effect, therefore, lower is the ionization
energy.

v) Spin—pair repulsion

When electrons are spin-paired in the same orbital, the repulsion between them can lead
to a slightly lower ionization energy compared to removing an unpaired electron. This is
because the paired electrons experience increased repulsion, making it slightly easier to
remove one of the paired electrons.

Manganese (Mn) has two spin-paired electrons in its 4s orbital. The ienization energy to
remove one of these paired electrons is relatively lower due to the increased repulsion
between the paired electrons. In contrast, Chromium (Cr) has ‘'one unpaired electron in
its 4s orbital. Removing one of these unpaired electrons requires-more energy due to the
absence of spin-pairing repulsion.

,4,Cr = [Ar] 3d%4s! (more stable)

,sMn = [Ar] 3d%4s? (less stable)

Periodic trends in ionization energy

Going down in a group,
ionization energy decreases
from top to bottom due to
increase in the atomic size and
shielding effect. In Group I, the
ionization energies decrease in
the following order: Li > Na > K
>Rb > Cs.

In moving from left-to right
across a period, number of
shells remains unchanged
while the- effective nuclear
charge increases. Therefore, the
ionization energy increases from Figure 1.5 Variation in Ionization Energies across periods
left to right.

Ionization energy

Atomic number (z) >

The trend of ionization energies of period (1-3) is shown in Figure 1.5. It shows that
noble gases have the highest values of ionization energy due to complete outermost shell
in them, the removal of electron is extremely difficult, whereas alkali metals have lowest
values of ionization energy.
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Quick Check 1.4

a) Explain with reasoning the following facts about ionization energy:
i. 1% ionization energy of boron is lesser than beryllium.
ii. 1% ionization energy of aluminum is lower than magnesium.

b) What trend is observed in ionization energy as you go down group 3? Give reason.

1.7.4 Electron Affinity (AH,J )

The first electron affinity, (AH,,; ), is the enthalpy change involved when 1 mole of
electrons is added to 1 mole of gaseous atoms to form 1 mole of gaseous uni-negative ions
under standard conditions.

For example:
Clg +e 5 Cly AH_,; =-348.8 kJ' mol™!

This is amount of energy released when 6.02 x 10?3 atoms of'chlorine in the gaseous state
are converted into Cl(,) ions. Since, energy is released, so_first electron affinity carries
negative sign.

The second electron affinity, AH_,, is the amount of energy required to add electrons to
1 mole of uni-negative gaseous ions to form-I mole of gaseous —2 ions under standard
conditions. For example, when first electron is_added.to’a neutral oxygen atom, 141 kJ
mol~! energy is released.

Oy +e —> O, AH(,, =142 kJ mol!

But 798 kJ mol™! of energy is absotbed on adding second electron to a uni-negative (O")
ion.

Oy +e —> 0%y AH(,, = +844 kJ mol"!

It is because the negatively-charged ion repels the incoming electron.

Factors affecting electron affinity

Important factors affecting the magnitude of electron affinity are as follows:

i) Size of.atom

For small sized atoms the attraction of the nucleus for the incoming electron is stronger.
Thus, smaller is the size of the atom, greater is its electron affinity.

ii) Nuclear charge

Greater the magnitude of nuclear charge of an element stronger is the attraction of its
nucleus for the incoming electron. Thus, with the increase in the magnitude of nuclear
charge, electron affinity also increases.

iii) Electronic configuration of atom
The electron affinity is low when the electron is added to a half filled sub-shell than that for

-




partially filled one. Electron affinity values of ‘N’ and ‘P’ (group-15), atoms are very low.
This is because of the presence of half-filled ‘np’ subshell in their valence shell (N = 2s?
2p3, P=3s? 3p?). These half-filled p-subshells, being very stable, have very little tendency
to accept any extra electron to be added to them.

Periodic trends in electron affinity

As the atomic size increases down the group, the larger atomic size causes the incoming
electron to experience less attraction from the nucleus. Consequently, electron affinity
generally decreases down the group. This trend is observed in halogens (At <1 <Br <F
< Cl). Generally, electron affinities become more negative as we move from left to right
in a period. This is firstly due to increase in the nuclear charge, which-attracts additional
electrons more strongly and secondly due to decreasing atomic radius.

Table 1.1 Electron Affinities (kJ/Mol) for Group 1 and Group/17

ELEMENT | ELECTRON AFFINITY ELEMENT ‘| ELECTRON AFFINITY
(kJ/Mol) (kJ/Mol)
Fluorine -328.0 Lithium -60.0
Chlorine -349.0 Sodium -53.0
Bromine -324.0 Potassium -48.0
Iodine -295.0 Rubidium -47.0
Astatine -270.1 Cesium -46.0

Quick Check 1.5 O «O

Explain with reasoning following facts about electron affinity:

a) 1% electron affinity of Oxygen is -141kJ/mol but 2" electron affinity is +844.0 kJ/mol.

b) Which of nitrogen and phosphorus has the higher electron affinity? Justify with reason.

¢) F has lower electron affinity than Cl although its size is smaller. Explain why?

d) Why noble gases (group-18) have positive 1st electron affinities? Explain in terms of electronic

configuration.

1.7.5 Elegtronegativity

Electronegativity is the power of an atom to attract shared @g@ Did You Know?

pair of electrons toward itself in a molecule. Linus Pauling,  Linus Paulingis the only person
developed a scale of dimensionless electronegativity values.  to have received two unshared
On this scale, alkali metals have minimum electronegativity ~ Nobel Prizes, one for chemistry in

(0.8), and halogens have maximum values (F=4.0). 1954 for his work on the nature of
chemical bond and one for peace in

Factors affecting electronegativity 1962 for his opposition to weapons
of mass destruction.
i) Atomic size

A larger atomic size will result in a lower value of electronegativity. This is because
electrons being far away from the nucleus will experience a weaker force of attraction.
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ii) Effective nuclear charge

A higher value of the effective nuclear charge will result in a greater value of
electronegativity, because an increase in nuclear charge causes greater attraction to the
bonded electrons. This is why the electronegativity in a period increases from left to right.
The electronegativity of Li in period 2 is 1.0 and F has a value of 4.0.

Periodic trends in electronegativity

When we move from left to right along the period, the electronegativity increases. This
is due to increasing nuclear charge

and decreasing size. In the groups, it o

decreases from top to bottom. This 21 [increases

is due to the increase in size by the

addition of shells and increasing Li | Be | B c N 0 F

shielding effect. For example, in the Lo s | 20 251 80 ] 35 ) 40

halogen group, the electronegativity Na | Mg | Al Y si P s cl

value decreases from fluorine (4.0) 09 [ 12 | &g | ¥8 | 21 | 25 [ 30

to iodine (2.5) as shown in a part of K | ca Br §

the periodic table in Figure 1.6. 08 | 10 ) 3
Normally, metals being on the left Rb( | sr I g %
side of the periodic table, possess &2 uii = -

lower electronegativity values than
those of non-metals. Hence, metals
are electropositive and non-metals are electronegative, relatively.

Figure 1.6 Variation of electronegativity in groups and periods

Figure 1.7 provides a summary-ofiall the variation trends in various physical properties of
elements in the periodic table.

Ionization energy

Atomic radius

>
=
=
&
<
a
o
=
Q
(@)
2
5

Ionization energy

Atomic radius

Figure 1.7 Trends in various physical properties in the periodic table




1.7.6 Variation in Metallic Character

The metallic character of elements is typically their tendency to lose electrons. We find
that elements on the left side of the periodic table have a greater tendency to lose their
outermost electrons to achieve noble gas configuration. In contrast, elements on the right
side of the table tend to gain electrons. Therefore, elements on the left side of the periodic
table are metals that form positive ions, while elements on the right side, particularly in the
right corner, are nonmetals that form negative ions. Hence one can conclude that the
metallic character ofan element largely depends on its valence shell electronic configuration.

Consequently, the metallic
character of the elements
decreases. In other words, the
increase in nuclear charge pulls
the electron cloud closer to the
nucleus, making it more difficult
for the atom to lose electrons Metallic.Character
and thereby decreasing across

the period, the nuclear charge &V | | )
increases while the atomic size

decreases, which results in increasing nonmetallic character
AN

stronger attraction to the valence ) ¢ ] 7
electrons making its difficult. Figured.8/General frends for the metallic character of elements

Therefore, metallic character
decreases from left to right.

increasing metallic character
ya Py

[ ] N
N

increasing metallic character
increasing nonmetallic character

Contrarily metallic character increases as one moves down in a group of the periodic
table. This is due to the increase in atomic size and the shielding effect. Which reduce
the nuclear attraction on the.valence:electrons. The increase in metallic character (ease of
losing electron) makes the ¢lement more reactive. Hence Cesium is far more reactive and
electropositive than sodium or lithium.

Quick Check \I'§

a) Illustratethow does the metallic character vary in group 14

b) Identify semi metals in groups 14, 15 and 16. Why they are semi metals?

1.8 REACTIONS OF SODIUM AND
MAGNESIUM

1.8.1 With Water

Sodium is more reactive than magnesium towards water.
Na reacts vigorously with water to form sodium hydroxide
and hydrogen while Mg reacts more slowly in forming

o -
X ‘ ; Magnesium powder burns very
magnesium hydroxide and hydrogen. However magnesium papidly with an intense white

reacts with steam more vigorously to make magnesium oxide flame. This has led to its use in
and hydrogen gas. fireworks and S.O.S. flares
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Mg, +2H,0y) > Mg(OH)yq) + Hy
Mg, +2H,0(, ——> MgOy, + 2H,,

1.8.2 With Oxygen

Sodium burns in oxygen with a golden yellow flame to produce a white solid mixture
of sodium oxide and sodium peroxide. Sodium is kept under kerosene oil to prevent its
reaction with air. It reacts vigorously with oxygen in open air to form peroxide.

Under special conditions like limited O, or high temperature, sodium oxide is formed.
4Na, + Oy _— 2Na,0,
Magnesium burns in oxygen with an intense white flame to give white solid magnesium
oxide.
ZMgi) + O >\2MgOy)

1.8.3 With Chlorine

Chlorine reacts with both metals to give soluble salts. Itreacts exothermically with sodium,
golden yellow flame is seen and white solid, sodium/chloride is formed. Magnesium also
reacts with chlorine to give white solid, magnesium-chloride.

a) What is the nature of %gand hydrox!des of Na and Mg?

b) What could you pﬂ
oxygen?

bout the reactivity of Ca, a group 2 element, when reacted with water and

1.9 TRENDS IN BONDING IN OXIDES AND CHLORIDES
OF PERIOD 3

Oxides of group 1, 2 & 3 (e.g., Na2O) have more ionic character. These oxides exist
as giant ionic lattices with strong electrostatic forces between oppositely charged ions.
Oxides of group 4, 5, 6 & 7 (e.g., SO2) are more covalent. These oxides exist as covalent
molecules with weak intermolecular forces. This transition is a result of the increasing
electronegativity and decreasing ionic character.

Similar to oxides, chlorides of group 1, 2 and 3 (e.g., NaCl) are predominately ionic.




Chlorides of elements from group 4, 5, 6 and 7 (e.g., PCls) are covalent. The covalent
character in chlorides increases due to decrease in difference of electronegativity between
the halogen and the other atom.

1.9.1 Classification of Oxides
Oxides

Oxides are binary compounds formed by the reaction of oxygen with other elements. The
classification of oxides is done into neutral, amphoteric and basic or acidic based on their
characteristics.

i) Basic oxides

A basic oxide is an oxide that when combined with water gives off an alkali. Metals react with
oxygen to give basic oxides. These oxides are usually ionic in nature. Group 1 and 2 form
basic oxides when react with oxygen. Examples are: Na,O, CaO;BaO. Group 2 hydroxides
solubility increases down the group so alkalinity also increases down the group.

Nazo(s) + Hzo(g) % 2NaOH(aq)
ii) Acidic oxides
An acidic oxide is an oxide that when combined with ' water gives off an acid. Non-metals
react with oxygen to form acidic oxides which are held together by covalent bonds. Silicon
dioxide is acidic oxide as it can react with bases.'Examples of acidic oxides in period 3 are:
P,0; P,0s, SO;5 SO,

P20y, HyOpy > H;3POs,

SOy + M0 > HySOs4)

Reactions of theses oxides with bases are given below:
iii) Amphoteric oxides

Amphoteric oxides are oxides that can react with both acids and bases. This means they have
the ability to behave as either an acid or a base, depending on the conditions. Aluminum
oxide (AL:Qs) is insoluble in water but reacts with hydrochloric acid to form aluminium
chloride and water, and with sodium hydroxide to form sodium aluminate and water.
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1.9.2 Classification of Chlorides

Chlorine forms compounds with other elements known as chlorides. These chlorides
show characteristic behavior when we add them into water, resulting in solutions that can
be acidic or neutral.

i) Neutral chlorides

Neutral chlorides are salts that, when dissolved in water, produce a neutral solution with
a pH close to 7. At the start of period 3, chloride sodium and magnesium do not react
with water. The solutions formed contain the positive metal ions and negative chloride
ions surrounded by water molecules. These ions are now known as hydrated ions and this
process is known as hydration. For example,

NaCl,, —> Naly,,, + Cl, (PH=7)

MgCly,) —> Mg, + 2Cl,,, (pH=6.5)

Group 1 and group 2 chlorides are also neutral with few exceptions.

ii) Acidic chlorides

If we move in period 3, from alumium to sulfur’ all chlorides react with water to make
acidic solution with pH less than 7 this process-is called hydrolysis. When AICl; is added
to water, aluminium and chloride ions in solution. AI**jofn/is hydrated and casues a water
molecule to lose an H" ion, this process-is hydrolysis. This turns the solution acidic. The
following reaction occurs:

Other examples of acidic chlorides are given below:

Quick Check 1.8 ™

a) ZnO reacts with HCI to give ZnCl, and with NaOH to give Na,Zn0O,. Give equations and also
predict the type of this oxide?

b) Why AICl, is an acidic halide, but NaCl not?
¢) Predict whether the chlorides PCls, NCl; would be acidic or basic, give reason.

d) Would SO, and P,0Oj5 react with HCI and H,SO, or with NaOH?

1.10 VARIATION IN OXIDATION NUMBER IN OXIDES
AND CHLORIDES

The oxidation number of an atom is the formal charge on that atom in a molecule or ion.
The oxidation number is also referred to as the oxidation state. In ionic compounds the
oxidation number of an atom is defined as the charge which appears on the, ions.

Let’s examine the oxidation numbers in oxides and chlorides of the third period. The oxidation
number of an element of 3™ period in its oxide or chloride corresponds to the number




of electrons used for bonding and is always positive because oxygen and chlorine are
more electronegative than any of these elements. The oxidation number matches the group
number, reflecting the total number of valence electrons. Consider Table 1.2 for oxidation
states of various elements of the periodic table. In the oxides, the oxidation number
increases from +1 in Na to +6 in S. In chlorides, the oxidation number increases from +1
in Na to +5 in P. Phosphorus and sulfur exhibit several oxidation numbers because they can
expand their octet by exciting electrons into empty 3d orbitals. For instance, in SO,, sulfur
has an oxidation number of +4 because only four electrons are used for bonding, while in
SO;, sulfur has an oxidation number of +6 because all six electrons are used for bonding.

Table 1.2 Oxidation Numbers in Oxides and Chlorides of 3" Period elements

Oxide Oxidation Number Chloride Oxidation Number

Na in Na,O +1 Na in NaCl +1

Mg in MgO +2 Mg in MgCl, +2

Al in Al,O; +3 Al in AICl, +3

Siin SiO, +4 Si in SiCly +4

PinP,O,y/ Pin P,O4 +5/+3 P in.PCl; +5

S in SO, +6 Pin PCl, +3

S in SO, +4 S'in SCl, +2
Quick Check 1.9 Y N\

a) Calculate the oxidation number of sulfur in SO, and SOy:
b) Why some p block elements show variable oxidation state?

EXERCISE

MULTIPLE.CHOICE QUESTIONS

Q.1 Four'choices are given for each question. Select the correct choice.

I. Which scientist first time observed the periodicity in the elements?

a) J. Newlands

c) J.W. Dobereiner

b) L. Meyer

d) D.I. Mendeleev

II. Recognize the element if it has 3 electron shells, belongs to “s” block and has 2
electrons in its outer most shell.

a) Calcium

c) Magnesium

b) Sodium

d) Potassium
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Which one do you think is correct about metallic character?

a) It decreases from top to bottom in a group.

b) It increases from top to bottom in a group.

c) It remains constant from left to right in a period.

d) It increases from left to right in a period.

Which property increases as you go down a group in the periodic table?
a) Atomic radius b) Electron Affinity

c) Electronegativity d) Ionization energy

Which set of the following conditions results in higher ionization energy?
a) Smaller atom and greater nuclear charge.

b) Smaller atom and smaller nuclear charge

c) larger atom and greater nuclear charge

d) larger atom and the smaller nuclear charge

Which of the following atoms show more than one (variable) oxidation states?

a) Sodium b) “Magnesium
¢) Aluminum d) Phosphorous
Which is the correct general trend in the variation of electron affinity in

a group?
a) It becomes less negative from top to bottom.
b) It becomes more negative from topto bottom.
¢) It remains the same:

d) It has no definite trend and changes irregularly.

VIII. What is the oxidation state of sulfur in the sulfate ion (SO,*)?

IX.

a) +4 b) +2

c) +6 d) 0

Which is the correct trend in variation of electronegativity along a period of the
periodic table?

a) It decreases from left to right across a period.

b) It increases from left to right across a period.

¢) It remains constant.

d) It has no definite trend.

The atomic radius generally........ across a period in the periodic table.

a) Increases b) Decreases

¢) Remains constant d) First increases then decreases




XI.

SH

Which one of the following elements has the highest ionization energy?
a) Sodium (Na) b) Magnesium (Mg)

¢) Aluminium (Al) d) Argon (Ar)

ORT ANSWER QUESTIONS

Q.2 Attempt the following short-answer questions:

a)
b)

<)
d)

e)

f)

2)
h)

i)

1)

k)

)

m)

What is 1% ionization energy? Give an example.

Explain why sulfur has a lower first ionization energy than phosphorus.
Why the elements in Group 13 to 17 are called p-block elements?
What are the factors that affect electronegativity?

What factors are responsible for the increasing reactivity of alkali metals as we move
down the group?

Why some of the elements show variable oxidation numbers while others do not?
Identify the element which is in period 5 and group 15?

Why oxides of sodium and magnesium are more ionic than the oxides of nitrogen and
phosphorous?

Give reason for the different chemical reactivities of Na and Mg toward oxygen and
chlorine.

Why the ionization energy of lithium 1s much lower than that of helium despite the fact
that the nuclear charge of lithium is +3 and that of helium is +2?

The ionization energy of Be (atomic no. 4) is higher than that of B (atomic no. 5),
despite the fact that the nuclear charge of Be is +4 and that of B is +5.

What is common in Na®; Mg?*, A", Ne® and F~? Arrange them in increasing order of
sizes.

Consider the chlorides of sodium, magnesium, and phosphorus(V): NaCl, MgCl,, and PCl;
(1) Classify each of these chlorides as acidic, basic, or neutral.

(i1) For. each chloride, briefly explain the reason for your classification, referring to
their behavior when dissolved in water.

DESCRIPTIVE QUESTIONS

Q.3

Q.4
Q.5
Q.6

Write equations for the reactions of Na and Mg with oxygen, chlorine, and water.
Compare the reactivity of both elements with these in terms of metallic character.

Explain with the help of equations, acidic and basic behavior of oxides and chlorides.

Describe the factors affecting and periodic trends of electron affinity.

Define ionization energy. Discuss the factors affecting and periodic trends of
ionization energy.
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Student Learning Outcomes (eS8 C1)I RTN 05§ .C 4!

After studying this chapter, students will be able to:

Describe protons, neutrons, and electrons in terms of their relative charge and relative
masses. (Understanding)

Recognize that the terms atomic and proton number represent the same concept.
(Understanding)

Recognize that the terms mass and nucleon number represent the same concept.
(Understanding)

Explain the change in atomic and ionic radius|across a period and down a group.
(Understanding)

Describe the behaviour of beams of protens, neutrons and electrons moving at the same
velocity in an electric field. (Understanding)

Determine the number of protons,.neutrons, and electrons present in both atoms and ions
given atomic or proton number, mass or nucleon number and charge. (Knowledge)

Relate Quantum Numbers to electronic distribution of elements. (Understanding)
Account for the variation in successive ionization energies of an element. (Understanding)

Define terms related to-clectronic configuration (some examples include: shells, sub-
shells, orbitals, principal quantum number (n), ground state). (Knowledge)

Describe the order of increasing energy of the sub-shells (s. p, d, and f). (Understanding)

Describe that, each atomic shell and sub-shell are further divided into degenerate orbitals
having the'same energy. (Understanding)

Apply Aufbau principle, Pauli’s exclusion principle and Hund’s rule to write the electronic
configuration of elements. (Application)

Describe the number of orbitals making up s, p, d, and f sub-shells, and the number of
electrons that can fill s, p, d, and f sub-shells. (Understanding)

Describe the shapes of s, p, and d orbitals. (Understanding)

Determine the electronic configuration of elements and their ions with proton numbers.
(Some examples include: (a) simple configuration e.g., 2, 8. (b) Sub-shells e.g., 1s?, 2s?,
2p°, 3s'. (c) students should be able to determine both of these from periodic table and are
not required to memorize these. (d) Students should understand that chemical properties of
an atom are governed by valence electrons). (Knowledge and Application).

Explain the electronic configurations to include the number of electrons in each shell, sub-




shell and orbitals. (Understanding)

e Explain the electronic configurations in terms of energy of the electrons and inter-electron
repulsion. (Understanding)

e Determine the electronic configuration of atoms and ions given the proton or electron
number and charge. (Understanding)

e Describe free radical as a species with one or more unpaired electrons. (Understanding)

o [llustrate the importance of electronic configurations and development of new materials for
electronic devices. (For example, semiconductors such as silicon has a specific electronic
configuration that makes them ideal for their use in electronic devices) (Understanding)

e Deduce the electronic configurations of elements using successive ionization energy data.
(Application)

e Deduce the position of an element in the periodic table using suceessive ionization energy
data. (Application)

e Explain that ionization energies are due to the attraction:between the nucleus and the outer
electrons. (Understanding)

e Explain how ionization energy helps account for the trends across the period and down a
group of the periodic table. (Understanding)

e Explain the factors influencing the ionization energies of elements in terms of nuclear
charge, atomic/ionic radius, shielding by inner shells-and sub-shells and spin pair repulsion.
(Understanding)

2.1 ATOMIC NUMBER, PROTON NUMBER AND
NUCLEON NUMBER; IDENTITY OF AN ELEMENT

In 1913, Moseley observed that when different elements were bombarded with cathode
rays, the X-rays of some characteristic frequencies were produced. It was found that the
square root of frequency of the X-rays was directly proportional to the atomic number of

an element.Z.
+/ frequency V) aZ

He concluded that this number, i.e. the atomic number Z was a fundamental property of an
element. It is also called proton number. The number of protons and neutrons in the nucleus
of an atom is collectively called its nucleon number (A), also known as mass number.

Atomic number is related to the mass number by the following equation
A=Z+N

For example, an atomZ%)f an element X having atomic number Z and mass number A is
described as /ZIX , e.g. 134/. Number of neutrons in an atom can be calculated as




N=A-Z
Let us consider 1341,
Atomic number/ proton number (Z) = 13
Mass number/ nucleon number (A) =27
N=27-13=14
Similarly, the number of electrons, protons, and neutrons can be justified for an ion as in
the following example:

?;Al atom loses three electrons to form AI*", then;
No. of protons = 13
No. of neutrons =14
No of electrons =13 -3 =10
Similarly, ﬁCl gains an electron to form Cl ™ ion;
No. of protons = 17
No. of neutrons =18
No of electrons = 17+1 =18
When gain of electrons happens by the neutral atoms, say 186 O to 8027, ?;P to 15P3_ and 3éS to

1682‘, the number of neutrons, protons and electrons are as.in-Table 2.1.

Table 2.1 Number of protonsjelectrons and neutrons in different ions

Species Neutrﬁ G\ Protons Electrons
0" 8 8 10
s” 16 16 18
p" 16 15 18

Thus the atomic number and proton number represent the same concept.
2.2 EFFECTOF ELECTRIC FIELD ON FUNDAMENTAL
PARTICLES

The behaviour of particles in an electric field depends upon their masses and charges. If we
allow the beams of electrons, protons and neutrons to pass one by one at the same speed
through an electric field, they show their behaviours as follows:

1. Neutrons being neutral are not deflected but travel in a straight path perpendicular to
the direction of electric field.

2. Protons being positively charged are deflected towards the negative plate.
Electrons being negatively charged are deflected towards the positive plate, to greater

extent since they are

times lighter than protons.

-




Beam of Particles f==-------7-__

Figure 2.1 Behaviour of proton, electron and neutron in the electric\field

The amount of deviation from its original direction of movement is measured in two ways.

(1) Angle of deflection o(chaie

mass
This is possible if we imagine that after deflection, the particle moves in a circular path.
Hence, the factors affecting the radius of deflection are reciprocal to that for the angle of
deflection.

mass

(i1) Radius of deflection oc
charge

2.2.1 Properties of Fundamental Particles

The Table 2.2 shows the properties of three fundamental particles electron, proton and
neutron present in an atom.

Table 2.2 Properties of three fundamental particles

. Relative
Particle | Charge (coulomb) wparze Mass (kg) Mass (amu)
Proton +1.6022 x 10717 +1 1.6726 x 10727 1.0073
Neutron 0 0 1.6750 x 10727 1.0087
Electron —-1.6022°x 1071° -1 9.1095 x 1073! | 5.4858 x 107*
Quick ChéckZ271

a) Calculate the number of neutrons in the following elements.
(i) 39 K (i) 15 Cl (i) {9 Ar

b) Which of electron, proton and neutron is deflected the most in the magnetic field?

2.3 EXPERIMENTAL EVIDENCES FOR THE
ELECTRONIC CONFIGURATION

The modern theory of electronic structure originates from the Bohr model of atom.
Evidence for this and later models of the atoms derives principally from two sources;
atomic spectra and ionization energies.
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2.3.1 Atomic Spectra

When an element in its gaseous state is heated to high temperatures or subjected to
electrical discharge, radiation of certain wavelengths is emitted. The spectrum of this
radiation contains coloured lines and is called atomic emission spectrum. The atomic
emission spectrum of hydrogen is shown in Figure 2.2 (a).

When a beam of white light is passed through a gaseous sample of an element in cold
state, certain wavelengths are absorbed. The wavelengths of the white light that has been
absorbed by the atoms show up as dark lines on the spectrum. The spectrum of this radiation
is called an atomic absorption spectrum. The atomic absorption spectrum of hydrogen is
shown in Figure 2.2 (b). The wavelengths of the dark lines in the absorption spectrum are
exactly the same as those of coloured lines in the emission spectrum.

(a) Emission spectrum of Hydrogen

(b) Absorption spectrum of Hydrogen
m'
- |
| |
400 nm 700 nm

Figure 2.2 (a) Atomic emission spectrumeof hydrogen (b) atomic absorption spectrum of hydrogen

Each element has a unique arrangement of’electrons and thus a unique range of fixed
energy levels. It follows that the wavelengths and frequencies of the radiation absorbed
or emitted when electrons jump from one energy level to another must also be unique.
This uniqueness convinces-us to conclude that every element has its own characteristic
spectrum. Therefore, every element is identified by its characteristic spectrum. Hence,
we can say that atomic spectra are the finger prints of the elements. Figure 2.3 shows the
emission spectra of some elements.

700 nm 400 nm

I N, -
| N -

Figure 2.3 Spectral series of various elements as plotted by a spectrometer




2.3.2 Ionization Energy and Energy Levels (Electronic Shells)

A major difference between electrons in different types of shells is their energy. We can
investigate the electronic configuration of the atoms by measuring experimentally the
energies of the electrons within them. This can be done by measuring ionization energies.
Ionization energies are used to investigate the electronic configurations of elements in two
ways.

i. Successive ionization energies of the same element

ii. First ionization energies for different element

i) Successive Ionization Energies of the Same Element

We can look at an atom of a particular element and measure the.energy required to
remove each of its electrons, one by one.

X—> X*+e  AHj
Xt———> X2 + e AHig
Xo———> X3* + e AHi,
We can continue to remove electrons from an atom until only the nucleus is left. We call

this sequence of ionization energies, successive. ionization energies. The successive
ionization energies show clearly the arrangement of electrons in shells around the nucleus.

If  we take the
magnesium atom as an
example, and measure

the energy required to
remove successively A
the first electron, the
second, the third, and so
on. We obtain a graph
when the ionization
energies  values | are
plotted against” humber
of electrons as'in Figure
2.4. This plot shows that S
successive  ionization 7
energies increase when
we move from the -

1 2 3 4 5 6 7 8 9 10 11 12
Yalence shell _to the Numbers of electrons removed
inner shells. First two

electrons are removed Figure 2.4 A plot of the successive ionization energies of Mg

1t shell
electrons

2"d shell
electrons

3rd ghell
electrons

Log,, (Ionization energy)

from the outermost shell

and require lower energy for their removal. But, a large increase occurs when the third
electron is removed. This is because when two electrons of the outer shell have been
removed, the next has to be removed from the shell that is very much closer to the nucleus.




The next seven electrons are removed successively from the second shell and a gradual
increase in ionization energy is observed. A similar but much more enormous jump occurs
when the eleventh and twelfth electrons are removed. These electrons are removed from
the first shell, right next to the nucleus. Hence, over all, we observe two large jumps in the
successive ionization energies. These two large jumps in the series of successive ionization
energies are very good evidence that the electron in the magnesium atoms exist in three
different shells.

ii) First ionization energies of different elements

The second way in which ionization energies show us the details of electronic configuration
is to look at how the first ionization energies of elements vary with atomic.numbers. Figure
2.5 shows a plot for the first 88 elements.

This graph tells us the following:

e All ionization energies are strongly endothermic; it takes.energy to remove an electron
from an atom.

e As we go down a particular group, for example, from helium to neon to argon, or
from lithium to sodium to potassium, ionization energies decrease. The larger the
atom, the easier is to separate an electron from it. Actually, down the group, number of
shells increases, hold of nucleus on thevalence electrons decreases, hence removal of
electrons becomes easier.

e The ionization energies generally increase'on going across a period. The group 1
elements, the alkali metals, have the lowest ionization energy within each period, and
the noble gases have the highest. It is due to the reason that across the period shell
number remains same.*As the proton number increases, electrons are added in the
same shell. Therefore, nucleus attracts the valence electrons more strongly. As a result,
ionization energy increases across the period.

2500 1o

Period 2 | Period 3 Period 4 Period 6
c
2000
/ \ F o
Ar
1500 1 N K
H o Cl e
/ Br
P
'S

1000

i
B
N S‘ e Te Rn
B Mg# Si S| pb
Al Ca Sr /

Ionization energy (kJ mol)

500 Ti N y G y o V Y +
K Rb Cs
0 n 1% 1&6 - 3 6
Atomic numoer tomic number

Figure 2.5 A plot of the ionization energies of elements against atomic number
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Quick Check 2.2

a) Write equations that describe:
i. st ionization energy of calcium
ii. 3rd ionization energy of potassium
iii. 2nd ionization energy of lithium
iv. 5th ionization energy of sulfur
b) For the element aluminium (Z = 13), draw a sketch graph between the log;, of the successive
ionization energies (y-axis) against the number of electrons removed (x-axis).
¢) The first AH;; and the second AH;, ionization energies (kJ/mol) of a few elements are given in

table.
Element AH;, AH;,
I 2372 5251
11 520 7300
11 900 1760
v 1680 3380

Which of the above element is likely to be:
1. areactive metal
ii. areactive non-metal
iii. anoble gas
iv. ametal that forms a stable binary halide of the formula AX, (X = halogen)

24 QUANTUM NUMBERS

The Bohr model was a one-dimensional:model that used one quantum number to describe
the distribution of electrons in the atom: The only important information was the size and
energy of the orbit, which was described by the n-quantum number. Since Schrodinger’s
model allowed the electron to occupy three-dimensional space, therefore, it required three
coordinates, or three quantum numbers, to describe the orbitals in which electrons can be
found. The three quantum numbers that come from Schrédinger’s wave equations are the
principal (n), azimuthal (£), and magnetic (m) quantum numbers. These quantum numbers
describe the size, shape, and orientation in space of the orbitals in an atom.

2.4.1 Principal Quantum Number (n)

The principal quantum number, n, can have positive integral values 1,2,3,4... designated
by K, L, M, N.... This quantum number, n, describes the size and energy of the orbital. The
larger ‘n’ is, the greater the average distance of an electron in the shell or orbital from the
nucleus. An increase in ‘n’ also means that the electron has a higher energy and is therefore
less tightly bound to the nucleus.

The principal quantum number, n, can also be used to calculate the maximum number of
electrons in a shell by the formula 2n?. Therefore shells K, L, M and N can accommodate
maximum electrons. 2,8,18, 32 respectively.
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2.4.2 Azimuthal Quantum Number (/)

Azimuthal quantum number (¢) can have integral values 0 to (n—1) for each value of n.
This quantum number describes the shape of the orbital. The values of ‘¢’ are integers that
depend on the value of the principal quantum number. If n= 1, there is only one possible
value of ‘/’, i.e. £ =0 (n-1, where n = 1). If n=2, there are two values of °/ *, i.e. 0 and 1.
If n=3 there are, three values of ‘¢’ , i.e. 0,1 and 2. Similarly, if n=4, there are four values
of °/’,1i.e. 0, 1, 2 and 3. The values of ‘¢ ’ are designated by the letters s, p, d, and f, with
which stand for sharp, principal, diffused and fundamental, respectively, describing
spectral lines. The number of electrons in a subshell can be calculated by the formula
2(2¢+1) as given in the Table 2.3.

Table 2.3 Shapes of orbital

Value of ¢ 0 1 2 3

Orbital designation S p d f

shape of orbital spherical polar cloverleaf complicated
(dumb bell) (double dumbbell)

No. of electrons in 2 6 10 14

a subshell, 2(27 +1)

The number of subshells in a shell is equalto its'shell number. For example 1st, 2nd, 3rd,
and 4th shells have one, two, three and four subshells respectively.

Table 2.4 Relationship between n; / and subshells

Shell Prinl\clilﬂilllb(ezll'l ?nil)tum A Nul:;be (e;\ltum Subshells slln\{)os.hgls
K 1 0 Is 1
L 2 0,1 2s, 2p 2
M 3 0,1,2 3s, 3p, 3d 3
N 4 0,1,2,3 4s, 4p, 4d, 4f 4

2.4.3 Magnetic Quantum Number (m)

The magnetic quantum number ‘m’ describes the orientation of an orbital in space, within
a subshell. The value of m depends on the value of /. For a certain value of /, there are (2/
+ 1) integral values of m, i.e. -/............ (| +¢. The values of m indicate the
number of orbitals in a subshell. If ¢ = 0, (s-subshell) there is only one possible value of m,
i.e. 0. It means s-subshell has only 1 orbital. If

/=1, (p-subshells) there are three values of m; %@ Did you Know?

-1,0 and +1. It means p-subshells has three Splitting of small fine lines in the presence of

orbitals. maginatic field and there three dimensional

If /=2, (d-subshell), there are five values of m. It
means d-subshells have 5 orbitals.

orientation in space indicate the presence of
orbitals in subshells.




If ¢ =3, (f-subshell) there are seven values of m. It means f-subshells have 7 orbitals.

Orbitals of the same subshell have same energy and are called degenerate orbitals. These
degenerate orbitals are differentiated from each other in the presences of magnetic field,
hence the name of this quantum number, i.e. magnetic quantum number. The relationship
between the azimuthal and magnetic quantum numbers is provided in Table 2.5.

Table 2.5 Relationship between / and m

Azimuthal Magnetic Quantum Number of Degenerate
Subshell | Quantum Number (m) Orbitals (2/+1)
Number (/) (—f-——- 0-—- /+)
S 0 0 One-orbital
p 1 -1,0, +1 Three degenerate p-orbitals
2 +2,+1,0,-1,-2 Eive degenerate d-orbitals
f 3 +3,+2,+1,0,-1,-2,-3 Seven degenerate f-orbitals

Spin Quantum Number (s)

Electrons also have spin motion around-their own
axes. According to electromagnetic theory, ‘a spinning
charge generates a magnetic field. This motion causes

an electron to behave like a magnet. - Figure 2.6-shows
the two possible spinning motions of‘an electron. One
is clockwise and the other is anticlockwise."The values

of s are +% and _%, as.in Figure 2.6.

pointing downwards, while the anticlockwise spin is

The clockwise spin-is represented by an arrow (}) J/ ’I\
represented by an arrow (1) pointing upwards.

Thus it takes three quantum numbers to describe an () (b)
orbital but forth quantum number to differentiate Figure 2.6 (a) clockwise (b)

between the two electrons that can occupy an orbital. Coumerdogllé‘c"?rf)?pi“s ofan

%@ Did you Know?

In the nth principal quantum number, there are n subshells consisting of n? orbitals with
a maximum number of 2n? electrons.




-

Quick Check 2.3
a) What information about an electron in an atom can be obtained from:
i.  Principal quantum number
il. Azimuthal quantum number
iii. Magnetic quantum number
iv. Spin quantum number

b) For an electron(s):
i. Ifn=2 and / = 1, how many orientations in space are possible?
ii. Ifn=3 and /=2, which shell and subshell does the electron belong to?
iii. If /=2, find all possible values of m and maximum number of electrons for m.

2.5 SHAPES OF ATOMIC ORBITALS

An atomic orbital is defined as the three dimensional region in.space around the nucleus in
which the probability of finding the electron is maximum.

Let us discuss the different orbitals one by one.

2.5.1 s-orbital

The shape of an ‘s’ orbital is spherical. The

electronic density around the nucleus in X
an s orbital is uniformly distributed in all

directions. With the increase in the prineipal

quantum number, the size of s orbital-also Is

becomes larger as in Figure 2.7. =

(@ n=1,/=0,m=0 b)) n=2,/=0,m=0

252 p-orbitals Figure 2.7 Boundary surface for (a) 1s (b) 2s.

The distribution of electron density for

a 2p orbital is shown in Figure 2.8. The - |y ¥
electron density is.not distributed in a . LI/j C)/
spherically symmetric fashion as in an ' ' ' . '
s orbital. Rather, a p orbital has two MV /L)
lobes on any: of the axis. The p orbitals 2p, orbital 2p, orbital 2p, orbital

are named as p,, py, and p, accordingly

R = =+ ) = =_ = =
to their axes. /=1, m 1 /=1, m 1 r=1,m=90

Figure 2.8 Shapes of three 2p orbitals
2.5.3 d and f orbitals

In a given shell, ‘d’ orbitals have different shapes and orientations in space. The d,y, d,,
and dy, lie in the Xy, xz, and yz planes, respectively. The lobes of the dy2 _ y2 lie along the x
and y axes. The d,2 orbital has two lobes along the z-axis and a “doughnut” in the xy plane.

The shapes for the five d orbitals (¢ = 2,) are shown in Figure 2.9.




dy, dyy

dz2 dxz

dxz_yz
Figure 2.9 Shapes of five d orbitals

An f subshell has seven orientations in space, i.e. there are seven f orbitals. However, the
shapes of f orbitals are very complicated.

a) What does an orbital represent according to the wave mech:;&ig odel of atom?

b) There are three orientations of p-orbital due to three values of tic quantum number. Justify it.

2.6 ELECTRONIC CONFIGURATION

Electronic configuration is the distribution,of'electrons, among available shells, subshells,
or orbitals of an atom or ion. Each group-of orbitals in-a.subshell is labeled by its subshell
notation. An electron in an orbital is shown by an arrow. The arrow points upward, when s
= +Y and downward when s = . The orbital.diagram of boron ('!B) is as follows

T4 1 o o
'YB = 1s2s2p, 2p, 2p

z

2.6.1 Distribution of ElectronstimShells

The electronic configuration of an atom describes the distribution of electrons in its atomic
shells. The shells, denoted as K, L, M, N, and so on, correspond to the principal quantum
number (n) of the orbitals.

Each shell has a-specific capacity for electrons:
K shell (n=1): 2 electrons maximum L shell (n=2): 8 electrons maximum

M shell (n=3): 18 electrons maximum N shell (n=4): 32 electrons maximum
For example:
K LM

11 Na: 58 1 17CL: 28 7
2.6.2 Distribution of Electrons in Subshells

In case of subshells, the electronic configuration is described by a notation that lists the
subshell symbols, one after the other. Each symbol has a superscript on the right. This
gives the number of electrons in the subshell. Following rules are applied to fill the orbitals
of multi-electron atoms.
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Aufbau principle

Aufbau principle is also known as the building up principle. This principle says that the
subshells in an atom are filled with electrons in an increasing order of their energy values.

Since, the energy of a subshell in the absence of any magnetic field, depends upon the

principal quantum number (n) and the azimuthal quantum number (/), hence the order of

filling subshells with electrons may be obtained from the summation (n + ¢). Following
rules must be considered while applying (n + /) rule:

a) The subshell having lower (n + /) value has lower energy and is filled first. For
example, 4s orbital has (n + /) =4 + 0 =4 and 3d orbital has (n + ¢) =3+2 = 5. Since
(n+ ?) value of 4s orbital is lower than that of 3d, hence 4s subshell has lower energy
than 3d and 4s will be filled first.

b) In case there are two subshells having equal (n + /) values, then the subshell with
lower ‘n’ value will be filled first. For example, both 4p.and-3d subshells have n+¢
value equal to 5 (4p=4+1=5) and (3d = 3+2=5); 3d .subshell will be preferred to be
filled because of its low n value.

According to this rule the energy wise arrangement:of subshells should be.
Is <28 <2p<3s<3p<4s<3d <4p <S5s <4d’<S5p<6s<4f<S5d<6p<7s

7
Bl | || RIS
% ¢ 'sd "
o op 4d
§ 5s
>
s D 4p
3 & s S s 3d
=N
= £ R
3 g s
E
5 HEN2
.2s
.lss

Figure 2.10 Arrangement of subshells in increasing energy order

So, the order of filling of various subshells with electrons obtained by this rule is given
below Figure 2.10.

For example, the configuration of 3Be atom with two electrons in the ‘1s’ subshell and two
electrons in the 25’ subshell is written 1s22s2.

The electronic configuration of |;Na in subshells is 15?2s?2p®3s'. The subshell electronic
configuration of different elements is provided in Table 2.6.




Table 2.6 Electronic configuration of ground states of elements Z = 1 —36.

Z | Element | Configuration Z | Element Configuration
1. H 1s! 19. K 15%22522p%3523p04s!
2. He 152 20. Ca 15%225%2p%3523p04s?
3. Li 15%2s! 21. Sc 15%225%2p%3523p03d' 45>
4, Be 152252 22. Ti 15%2522p%3523p03d%4s?
5. B 15%25%2p! 23. A% 15%2522p%3523p03dP4s>
6. C 15%2522p? 24, Cr 15%2522p%3523p03dP4s!
7. N 15%25%2p3 25. Mn 15%2522p%3523p83dP4s>
8. (0] 1s%25%2p* 26. Fe 15%22522p035%3p03d%s?
9. F 15%25%2p° 27. Co 15%25%2p%3523p03d" 45>
10. Ne 15%25%2p% 28. Ni 1522522p%3523p03d%4s?
11. Na 15%2522p53s! 29. Cu 15225%2p®3523p%3d! 45!
12. Mg 1522522p°35? 30. Zn 15%2522p%3523p%3d' %452
13. Al 15225%2p%3s23p" N 31. Ga 15225%2p®3523p03d'%4s524p!
14. Si 15%25%2p%3s23p* N 32: Ge 15225%2p®3523p%3d'%4524p>
15. 15%25%2p%3s23p> M.33: As 15%2522p%3523p%3d1%45%4p>
16. S 15225%2p%35s23p* ‘@ 34. Se 1522522p%3523p03d1%4524p*

2.6.3 Distribution of Elec¢trons in Orbitals

The filling of electrons!in-orbitals is represented by box diagrams, where each box
represents an orbital, as’'shown in Figure 2.11.

The following rules are obeyed while filling orbitals with 2s T \L

Each box represents an atomic orbital.

Each orbital can occupy maximum of two electrons.

An electron is represented by an arrow.

The boxes (orbitals) can be arranged in order of

increasing energy from bottom to top.

electrons.

i) Pauli’s exclusion principle

According to this principle. No two electrons in an atom

s | T

can have the same values for all the four quantum numbers Figure 2.11 The electronic
or, “Two electrons in an orbital will always have opposite  configuration of boron in terms
spins”. of orbitals




In the first shell of helium (He) atom, there are two electrons. They are present in s
orbital. According to the concept of quantum numbers and Pauli’s exclusion principal, the
values of their quantum numbers are:

Table 2.7 values of quantum numbers of two electrons in the same orbital

Electron n 1 m S

1
Electron 1 1 0 0 +—
2 (anticlockwise)

1
2 (clockwise)

The two electrons having the same values of ‘n’, ‘/” and ‘m” can have-different values of
‘s’. It means that their spins are in the opposite directions.

Electron 2 1 0 0

ii) Hund’s rule

This rule gives an idea for filling electrons into the orbitals'having equal energies. For
example, three p-orbtials, i.e., py, p, and p, have equal energy. To understand it, let us take
an example in which three electrons are to be filled into-three p-orbitals. There are two
different ways to do this as shown below:

P, P, P, b,-Py P,
(AN L
I (wrong) II (right)

Which of the two is correct? The answer is given by Hund’s rule, which states that,

When degenerate orbitals are-available and. more than two electrons are to be placed in
them, they should be placed ‘inseparate.orbitals with the same spin rather than in the same
orbital with opposite spius.

According to the Hund’s-rule, the correct way of filling three electrons in three p orbitals is
that in which each orbital is singly occupied. Electronic configuration in terms of orbitals
in carbon, nitrogen-and oxygen is provided in Figure 2.12.

]t TR ] RIEIR

2Px 2Py 2Pz 2Px 2Py 2Pz 2Px 2Py 2Pz

2|1y N N
is|T T ™

carbon nitrogen Oxygen
1s? 252 2p? 1s? 2¢? 2p? 1s? 2s? 2p*

Figure 2.12 Electronic configuration in terms of orbitals in carbon, nitrogen and oxygen
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The electronic configurations of some elements of the periodic table in the light of the
above-mentioned principles are given in Table 2.6.

2.7 ELECTRONIC CONFIGURATION AND THE
PERIODIC TABLE

We have seen that the electronic configurations of elements are related to their position in
the periodic table. The periodic table is structured so that elements with the same pattern
of outer-shell (valence) electronic configuration are arranged in same groups.

You can easily write the electron configuration of an element based on.its location in the
periodic table. The pattern is summarized in Table 2.8. Notice that the elements can be
grouped in terms of the type of orbital into which the electrons are placed.

On the left are two columns of elements. These elements, known as the alkali metals and
alkaline earth metals (groups 1 and 2), are those in which the s orbitals are being filled. We
see that the group 1 and 2 elements all have ns' and ns? outet configurations respectively.
When we jump to group 13 elements, we find that they have ns?np! configuration. On
the right is a block of six columns. These are thetelements in which the outermost ‘p’
orbitals are being filled. In the middle of the table is a block of ten columns that contain
the transition metals. In these, the d orbitals are being filled. Below the main portion of the
table are two rows that contain fourteen columns. These elements are often referred to as
the f-block elements. These are the ones in‘which the ‘f” orbitals are being filled. Recall
that the numbers 2, 6, 10, and 14 are precisely the number of electrons that can fill the s,
p, d, and f subshells, respectively.

Quick Check 2.5 PR T,

a) With the help of periodic-table, write.the electronic configurations for the following elements
by giving the appropriate noble-gas inner core plus the electrons beyond it (i) 43Cd; (ii) s;La.

b) Write the complete electron configuration for antimony (Sb) with atomic number 51.

¢) How many tmpaired electrons are there in each atom of 5;Sb?

d) Write down'the electronic configuration of valence shell of the following in terms of orbitals:
i) Al i) 14Si iii) ,gNi

2.7.1 Valence electrons

The electrons in an atom in the outermost shell are called valence electrons. These are
such electrons that are primarily involved in chemical reactions. The similarities among
the configurations of valence electrons account for similarities of the chemical properties
among groups of elements.

Table 2.8 shows a periodic table which include the valence shell configurations. Note the

similarity in electronic configuration within any group (column) of elements.




ATOMIC STRUCTURE

Table 2.8 The electronic distribution of elements of modern periodic table

1 2
H He
1s' 1s?
3 4 5 6 7 8 9 [ 10
Li Be B C N (o] F Ne
2s’ 2s? 25%2p'| 2522p?| 2s22p®| 2522p* | 2522p° | 2522p°
11 12 13|14 |15| 16|17 | 18
Na | Mg Al | si P S c | Ar
3s' [ 3s? 3s23p'|3s?3p?| 3523p? | 3s23p*| 35?3p° | 3523p°

19 120 [ 21 |22 | 23 (24| 25|26 |27 |28 |29 (30|31 ]32(33]|34]35]|36
K Ca Sc Ti Vv Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
45 4s? [4s?3d'|4523d? |4s23d?|4s'3d° | 4s23d° | 4523d°|4s?3d7 | 45232 [4s'3d0|4s23d"0)4s23d4p! | 4s73d4p? 4s73d<°49§¢mp‘ 45730 4p° | 4523d"%4pS

3738|3940 a1 [42]4a3]aa4a5]4a5[a7]48] a0 50@_32 53 | 54

Rb Sr Y Zr Nb | Mo | Tc Ru Rh Pd Ag | cd In Sn Te 1 Xe

551 551 5524d1 5514dz 5514d4 55|4d5 5514d6 5514d7 5514d8 4d10 5514d|0 5524d10 55%4d1%5p! | 5 5p° | s24d%5p* | 5s%4d 5p® | 5s%4d %5pe

55| 56 (57 |72 (73 |74 75|76 |77 |78 | 79 | 80 | 81 83 | 84| 85|86

Cs Ba La Hf Ta w Re Re Ir Pt Au Hg Tl Bi Po At Rn

65’ 652 | 6525d" | 65415 | 65%4f'*50° | 6s74f 5l [ 645 | 6s74f 5l 65°4f*5d | Bs74f“5d [6s4f*5d | 6s74f 5" [6s 6y A5 "6y 654150 6’| BsP4F 50 "G | 6°4f5d "6 64750 6

87 | 88 | 89 | 104 |105|106| 107 [ 108|109 (110|111 (112 1141115116 (117118
Rf Bh Hs Lv

Fr Ra Ac Db | Sg Mt Ds Rg Cn h Fl Mc Ts Og
7s 752 | 7s26d" |755f16d?| 7525 6 | 7s25f146d*| 7525 6k | 725f146d°| 75?5 6dl’| 725f6d® [ 7525 “6cl*| 7525 6dl™ (75t GaTp' 7556 Ty | 7ot Tp' 756 T | Tstaf6a 7t 56 Tp

58 | 59 [ 60 | 61 | 62 [63 | 64 | 65| 66 | 67 |[\68 [69 | 70 | 71
Ce Pr Nd [ Pm | Sm | Eu Gd Tb | Dy | Ho Er | Tm Yb | Lu
6s4f5d | 6s4P | 64 | 654F [ 654F | 6s4F [6sufsa | Gsdp | 6sfe [\esuft [ 6sfe of 6 | s | 6sfisd!

90 | 91 [ 92 | 93 | 94 |95 [ 96 | 97 | 987|199 [1007}101 [ 102|103
Th Pa V] Np Pu | Am | Cm Bk /| cf Es | Fm ([.Md No Lr
756 | 7sisred! | 7sisred | 7sisted | 7ssE [ 7sir [ 7ssmied [ s (Tt | 7sisit | sl | 7ssie | 7S | 7sisi6dt

2.7.2 Classification of elements of péxiedic table

The main-group or representative elements-all have valence-shell configurations ns® npP.
They have some choice of “a>and ‘b’-In other words, the outer ‘s’ or ‘p’ subshell is being
filled. Similarly, in the d-block transition elements, a ‘d’ subshell is being filled. In the
f-block transition elements or inner-transition elements, an ‘f” subshell is being filled.

There is a definite pattern to the order of filling of the subshells as we go through the

elements in the periodic table. From this we can write down the building-up order. The

overall sketch of periodic table is given in Table 2.9. This shows the blocks of elements.
Table 2.9 Modern periodic table showing s, p, d and f-block elements.

Il s
2s ZTP
3's 3'}7
s B ap
55 4d 5p
os | ° sd 6p
s | o | ]
. af
ek S:f




Table 2.9 shows a periodic table indicating this pattern. For example, in the blue colored
area, an ‘ns’ subshell is being filled. In the green colored area, an np subshell is being
filled. In the yellow area, an (n — 1) d subshell is being filled. In the light golden area (n—2)
fsubshell is being filled.

We start building-up order by starting with the first period, in which the ‘ls’ subshell
is being filled. In the second period, we have ‘2s’; then staying in the same period but
jumping across, we have ‘2p’. In the third period, we have ‘3s’ and ‘3p’; in the fourth
period, ‘4s’, ‘3d’ and then ‘4p’. This pattern should become clear enough to visualize with
a periodic table.

The classification of elements of periodic table has been done into metals, non-metals,
representative, transition elements, periods, groups and blocks (s, p,d,\f). This division
is done on the basis of electronic configuration and their valence electrons. The chemical
properties of various categories of elements discussed above can be easily assessed.

Quick Check 2.6 OV

a) An element has the electronic configuration
152 2s% 2p% 352 3p® 3d!? 4s? 4p%. 4d10 552 5p°.
i.  Which block in the Periodic Table does this element belong to?
ii. Which group does it belong to?
iii. Which period does it belong to?
iv. Identify this element.
b) Which block, group and period in the periodic table‘does the element with the electronic
configuration 1s? 2s? 2p® 3s? 3p® 3d>4s! belong fo? Name it.

2.8 ELECTRONIC CONFIGURATION OF IONS AND
FREE RADICALS

2.8.1 Ions

Positive ions are formed when electrons are removed from atoms. The sodium ion, Na*
(proton number.= 11), has 10 electrons. So, its electronic configuration is 1s? 2s? 2p°.

Note that this is the same as the electronic configuration of neon, the element with 10
electrons in-each atom.

Negative ions are formed when atoms gain electrons. The sulfide ion, S?>~ (proton number
=16), has 18 electrons. Its electronic configuration is 1s? 2s? 2p® 3s? 3p%, which is the same
as argon, the element with 18 electrons in each atom.

Note that, in general, electrons in the outer subshell are removed when metal atoms form the
positive ions. However, the d-block elements behave slightly differently. Reading across
the Periodic Table from potassium to zinc, the 4s subshell fills before the 3d subshell. But
when atoms of a d-block element lose electrons to form ions, the 4s electrons are lost first.

For example:
Ti atom: 1s? 2s? 2p° 3s? 3p® 3d? 4s?
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Ti>" ion: 1s? 2s? 2p® 3s? 3p® 3d?
Cr atom: 1s? 2s? 2p® 3s? 3p® 3d° 4s!
Cr’* ion: 1s?2s?2p® 3s? 3p® 3d°
2.8.2 Free radicals
“A free radical is a species that has one or more unpaired electrons”.

An example of a simple free radical is free chlorine atom : C/: . The electronic configuration
of this radical is 1s? 2s? 2p® 3s? 3p°. In the 2p subshell, two orbitals have paired electrons
whereas, the third one contains a single unpaired electron. The unpaired electron is shown
by a single dot as in CI'. Apart from single atoms, groups of atoms can also be free radicals.
For example, OH', CH3, etc.

Quick Check 2.7 XV

Write electronic configurations for the following ions and free radicals:
i Al (Z=13) ii. 0> (Z=8) iii. Fe3+(Z=26) iv. Cu* (Z=29) v. Ci(Z=29)

2.9 ELECTRONIC CONFIGURATION AND THE
FORMATION OF SEMICONDUCTORS

Semiconductors are materials that can conduct electricity under some conditions. They are
used in many electronic devices, including smartphones, laptops, and cars.

Example of the elements that. can act as
semiconductors are silicon, .germanium- and Covalent =
arsenic etc. The formation-of “semiconductors boud
is possible because of<a-unique -electronic Silicon
configuration of these’ elements. Let us valence
. . electrons
consider the example-of Si and explore how
it can be converted into a P-type and N-type
semiconductors:_ The electron configuration of

1491 =2, 8;4; meaning that it has 4 electrons in its Slllcon
valence shell. In the pure crystalline form, each atoms
Si atom is bonded to four other Si atoms. In this Figure 2.13 A crystal of pure silicon

form, there is no possibility of electronic conduction through the Si crystal as in Figure 2.13.

2.9.1 P-type semiconductor formation

Impurity atoms with three valence electrons (like Al) are added to the pure semiconductor.
Some of the trivalent atoms take place of the Si atoms in the crystals. The silicon atoms
cannot make four bonds due to the lack of electrons. For this reason, there are created holes
in the crystal lattice, which act as positive charge carriers as shown in Figure 2.14 (a). This
process creates a positive-type semiconductor or P-type semiconductor. Electrons from an
external current source can move through the semiconductor and it can act as a conductor.




2.9.2 N-type semiconductor formation

When impurity atoms with five valence electrons (like phosphorus) are added to the pure
semiconductor, some of Si atoms are replaced with the pentavalent phosphorus atoms. The
Si atoms in the vicinity of these atoms can make four bonds and the fifth electron is an
extra electron. These impurity atoms contribute extra electrons to the crystal lattice, which
become free to move and act as negative charge carriers as in Figure 2.14 (b). The result
is an N-type semiconductor that can conduct electricity when connected to an external

source.
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Figure 2.14 Doping and,the formation.of P-type and N-type semiconductor
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EXERCISE

MULTIPLE CHOICE QUESTIONS

Q.1 Four choices are given for each question. Select the correct choice.

I. The quantum number ‘m’ of a free gaseous atom is associated with:
a) the effective volume of the orbital
b) the shape of the orbital
c) the spatial orientation of the orbital
d) the energy of the orbital in the absence of a magnetic field
II. When 3d subshell is completely filled, the next entering electron goes into:
a) 4f b) 4s
c) 4p d) 4d
II1. Quantum number values for 2p orbitals are:
a) n=2,1=1 b)) n=1,1=2
¢c) n=1,1=0 d) n=2,1=0
IV. An electron having the set of values: n =4,1=0, m = 0 and s = +1/2 lies in:
a) 2s b) 3s
c) 4s d) 4p
V. The quantum number values (n;./;.m) for the fourth electron of ,’Be atom are:
a) 1,0,0 b) 2,0,0
c) 2,1,0 d 1,1,1
VI. The correct order of first ionization energies is:
a) F>He>Mg>N>O0O b) He>F>N>0O> Mg
¢) He=O>F>N>Mg d) N>F>He>0O>Mg
VII. A p orbital has a characteristic shape with how many lobes?
a) 1 b) 2
c) 3 d)4

VIII. The three p orbitals in a given energy level are oriented:

a) Along the same axis.
b) At 45°to each other.

¢) Mutually perpendicular to each other along the x, y, and z axes.

d) In a complex tetrahedral arrangement.




IX.

XI.

How many d orbitals are there in a given energy level?

a) 1 b) 3

c) 5 d) 7

What information does the principal quantum number (n) gives us about orbitals:
a) Size b) Shape

c) Size and shape d) Spin

How many unpaired electrons are present in an atom of cobalt?

a) Two b) Three

¢) Four d) Five

SHORT ANSWER QUESTIONS

Q.2 Attempt the following short-answer questions:

a)

b)
c)

d)

g)

There are three orientations of p-orbital due to three values of magnetic quantum
number. Justify it.

‘I13” of Mg is much bigger than its ‘I2’. Justify.

Among the elements Li, K, Ca, S and Kr which one has the lowest first ionization
energy? Which has the highest first ionization.

Consider the electronic configuration of the potassium atom (atomic number 19).
(1) Write the full electronic configuration of potassium using the s, p, d, f notation.
(i1) Explain why the 4s subshell‘is filled before the 3d subshell in potassium, even
though the principal quantum number of the 3d subshell is lower.

1) An atom of element) X has an atomic number of 17 and a mass number of 35.
Determine the number of protons, neutrons, and electrons in this atom.

(i1) If this element forms an ion with a charge of -1, how many protons, neutrons, and
electrons will'be present in the ion?

In the ground state of mercury g Hg:

i. How many electrons occupy atomic orbitals with n = 3?
ii. How many electrons occupy 4d atomic orbitals?

iii. How many electrons occupy 4p,, atomic orbital?

iv. How many electrons in the valence shell have spin “up” (s = -%)?

The successive ionization energies for an unknown element are
11 = 896 kJ/mol, I = 1752 kJ/mol
I3 = 14,807 kJ/mol I4 = 17,948 kJ/mol

To which family in the periodic table, does the unknown element most likely belong?
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i)  Consider the following ionization energies for aluminium:

Al(g) >
Aly — —

2 N
Al +(g)

3+
APy  ——

Al?g)

2

3
A,

4
Al

+

+

+

+

e 1
e Ip
e I3
e I

580 kJ/mol
1815 kJ/mol
2740 kJ/mol
11,600 kJ/mol

(1) Account for the trend in the values of the ionization energies.

(i1) Explain the large increase from I3 to I4.

(iii) List the four aluminium ions given in order of increasing size, and-explain

your ordering.

h) (i) State the general order of filling orbitals up to the 4p subshell.
(i1) Explain why the 4s subshell is filled before the 3d-subshell, according to the

Autbau principle.

i) Draw the orbital box diagram for the valence electrons of a phosphorus atom
(atomic number 15), ensuring that your diagramiadheres to Hund’s rule and the Pauli

Exclusion Principle.

DESCRIPTIVE QUESTIONS

Q.3 What are quantum numbers? Describe brieflyprincipal and spin quantum numbers.

Q4. Draw the shapes of's, p and d-orbitals. Justify these by keeping in view the azimuthal

and magnetic quantum numbers.

Q.5 What do you mean by_successive-ionization energies? How the electronic shell
structure of magnesium. (Mg) is derived from the successive ionization energies?
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After studying this chapter, students will be able to:

Analyze the formation of dative bond in CO, ozone and H;O" ion (resonance structures are
not required). (Understanding)
Recognize that molecular ions/polyatomic ions can have expanded octets e.g., sulphate
and nitrate. (Understanding)
Use the differences in Pauling electronegativity values to predict the formation of ionic
and covalent bonds. (Application)
Use the concept of electronegativity to explain bond polarity and dipole moments of
molecules. (Understanding)
Explain the importance of VSEPR theory in the field of drug design by discussing how the
shape and bond angles of the molecules help chemist predict their interactions in the body.
(Understanding)
Describe the shapes and bond angles in molecules using VSEPR theory (including
describing sketching). (Understanding)
Predict the shapes, and bond angles in molecules and ions. (Understanding)
Explain valence bond theory..(Understanding)
Describe covalent bonding-inimolecules using the concept of hybridization to describe sp,
sp?, and sp> orbitals. (Understanding)
Explain hybridization and types ofhybridization. (Understanding)
Explain the salient features of molecular orbital theory. (Understanding)

Explain the paramagnetic nature of oxygen molecule in the light of MOT. (Understanding)
Calculate bond order of N,, O,, F,, and He,. (Understanding)

Describethetypes of van der Waals forces. (Understanding)

Deseribe “hydrogen bonding limited to molecules including ammonia and water.
(Undetstanding)

Use the concept of hydrogen bonding to explain the anomalous properties of water.
(Understanding)
Use bond energy values and the concept of bond length to compare the reactivity of
covalent molecules. (Application)
State that, in general, ionic, covalent, and metallic bonding are stronger than intermolecular
forces. (Understanding)
Define electronegativity as the power of an atom to attract electrons to itself. (Knowledge)
Explain the factors influencing the electronegativities of elements in terms of nuclear
charge, shielding by inner shells and subshells. (Understanding)
Explain the trends in electronegativity across a period and down a group of the periodic
table. (Understanding)
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A chemical bond is the force that holds together two or more atoms, molecules or ions.
The properties of a substance depend on the type of the chemical bond between its atoms.
The term chemical bond includes ionic, covalent, dative, metallic bonds, as well as inter-
molecular forces, i.e. van der Waals forces. However, being weak enough, van der Waals
forces are usually not termed as pure chemical bonds. In this chapter, we shall discuss
the types of bonds in the light of electronegativity and its effect on the nature of bonding,
dipole moment, and polarity. Then, the modern bonding theories such as VSEPR, VBT,
Hybridization, and MOT will be discussed in detail. The intermolecular forces, i.e. van der
Waals forces will also be taken into account. Finally, a comparison of the chemical bonds
and intermolecular forces will be presented in terms of bond energies.

NacCl has ionic bond and is solid, but water is\a covalent compound and liquid

3.1 TYPES OF BONDING

Lewis concept of bonding gives a simple explanation of the formation of all types of
bonds. According to this theory, atoms.make bonds to complete their outermost shells to
have noble gas-like configuration. This is mostly attained through the formation of an octet
in the valence shell.

3.1.1 Ionic Bond

According to the Lewis theory, the ionic bond is formed by the complete transfer of
electrons from an atem with low ionization energy to another atom with high electron
affinity. The Na‘atom (;;Na = 2,8,1) tends to lose the outermost electron to form Na© (2,

8) ion, which has the electronic configuration of ;)Ne, a noble gas nearest to it. Chlorine
atom Cl (2,8,7) gains one electron to form the chloride ion, Cl (2,8,8) , also gaining the
next noble gas electronic arrangement. The oppositely charged Na = and Cl1” ions are held
together by strong ionic bond in the crystal of NaCl.

A similar type of bond is expected between group land 2 metals and groups 16 and 17
elements.

+

(2,8, 1) (2,8,7) [2, 81" [2 8, 8]
NaCl (Na*Cl

Figure 3.1 Ionic bond formation between Na and Cl




3.1.2 Covalent Bond (Electron Pair Bond)

A covalent bond is formed by the mutual sharing of electrons between two atoms. While
sharing electrons, each atom completes its valence shell and attains the nearest noble gas
configuration. The bond formation between two Cl atoms is shown below in Figure 3.2. A
covalent bond may be non-polar or polar in character. The bond between two CI atoms is
purely covalent and non-polar. The electronegativity of the two atoms is exactly the same,
due to which, the bonded atoms remain electrically neutral and there is no charge on either
atom. The other such molecules are H, F,, Br, and I, . Examples of polar covalent bonds
are H-CI, H-Br, H,0, etc.

ONE) — (@@

2,8,7) 2,8,7) [2, 8, 8] [2,8, 8]

Figure 3.2 Formation of a covalent bond between two Cl atoms

3.1.3 Dative bond (Coordinate Covalent Bond)

A dative bond is formed between two
atoms when the shared pair of electrons is - H*
donated by one of the bonding atoms. Let ‘0’ + iy d

us consider the example of bond formation (a) H/ \H + /0\
between H,O and a proton (H"). H,O has H H
two covalent bonds and there are two.lone

pairs of electrons on the oxygen:atom. ..

On the other hand, the proton'is deficient ) *C:-0: tC—o:
in electrons. Therefore, the oxygen atom

. . Lewi
can donate its lone pair of electrons to sfr\ﬁ”csture
the acceptor H*, and'this results in the
formation of a dative bond as in the Figure o+
3-3(@). (0 0—=0: . :0' .07 “xg-
Carbon monoxide also contains a dative oxygen atom

bond between oxygen and carbon atoms.
Oxygen shares its two valence shell Figure 3.3 Dative bond formation (a) oxonium

Y ) (hydronium) ion, (b) carbon monoxide, (c) ozone
electrons with the carbon atom to make a molecule
normal double covalent bond. However,
the valency of carbon is not satisfied with these bonds. It needs one more pair of electrons
to complete its octet. Oxygen atom donates one of its lone pairs for the formation of a
covalent bond, which is a dative bond as exhibited in Figure 3.3(b). The structure of
ozone molecule is presented in Figure 3.3(c). It is formed by a reaction between the
oxygen molecule with an oxygen atom (a free radical (O)). One of the oxygen atoms in
the molecule donates a pair of electrons to make a coordinate covalent bond with this free
radical. Therefore, the central atom has total three bonds including a double covalent bond




on one side and a coordinate covalent bond on the other. It carries a positive charge, while
the oxygen atom that accepts the lone pair carries a negative charge.

Quick Check 3.1

a) Draw the Lewis structures of N, and CS, molecules?

b) How many electrons are there in the valence shell of B in BF;? Does it have the ability to accept
a lone pair of electrons?

¢) Show the formation of a dative bond between NH; and BF;.

3.1.4 Expanded Octet in Polyatomic Ions

Polyatomic ions are the ions composed of more than one type 22—
of atoms. There formal charge is the net charge on them which [ 0 : ]
is calculated based on the number of electrons in their valence | |

shells after the formation of bonds. With the exception of . .
ammonium ion (NH,"), these ions mostly carry a negative :0—S—0:
charge, for example the carbonate (CO;%), sulfate (SO,>°), ||

and nitrate (NO5*") ions. In some polyatomic ions, the ¢entral 0O:

atom violates the octet rule by expanding its electron density [ sulfate ion _

to the higher orbitals. These are said to have expanded octets.
Some prominent examples are SO,>~, CIO 7, PO4*".

From the Lewis structures of SO,*~, we can'calculate'the number of electrons around the
central S atom.

The number of electrons in the valence shell:of S atom can be calculated as:
No of valence electrons =2 x (no. of double-bond electrons) + 2 x (no. of single bond electrons)
=24 +212)=12

Thus, S has 12 electrons in its valence shell and it exceeds the octet by 4 electrons. The
expansion of octet is caused by the involvement of the d orbital in bonding, which can
accommodate the-extra electrons. The following electronic configuration of native S(0)
atom shows that it has two unpaired electrons in the p orbitals. The presence of d-orbital
allows this configuration to extend to 4 unpaired electrons by the transfer of one electron
from 3s andone from the 3p electron pair. It explains not only the variable oxidation states
of S, but also the possibility of accepting extra electrons in its d orbital.

[

3s 3p 3d
] [
3s 3p 3d

In the same way, we can calculate the number of valence electrons around the central
iodine atom in the tri-iodide ion. The Lewis structure of the ion is given by:

=




3 | | I:

The number of valence electrons of the central atom can be calculated as follows,
No of valence electrons = 2 x (no. of single bond electrons) + 2 x (no. of lone pairs)
=212)+2(3)
=10
The central iodine atom in tri-iodide ion (I57) has 10 electrons in the valence shell and the
octet expands by two electrons.

Quick Check 3.2 Y

a) Can the elements of period 2 of the periodic table have expanded octet?,Explain why or why not.
¢) Predict and explain the expanded octets in the following ions: ClO5, POz-.

3.2 ELECTRONEGATIVITY AND FHE'TYPE OF BOND

The concept of electronegativity has been discussed 'in detail in chapter 1. Here we
will discuss the effect of electronegativity on.the type of bonding. The difference
in electronegativity of two bonded atoms provides an approximate measure of the bond
polarity and an indication of the type of bond.“When this-difference is very small or zero,
the bond is covalent and nonpolar. Whenrit is.large, the bond is polar covalent or ionic. The
following figure diagrammatically depiets the change inthe nature of bond with electronegativity
difference. Two atoms having electronegativity difference less than 0.4 are said to make a pure
covalent bond. An electronegativity difference between 0.4 and 1.8 corresponds to a polar
covalent bond, whereas, above this value the bond between two atoms will be ionic in nature.
The electronegativity differences between the atoms in the bonds such as H-H, H—CI, and
NaCl are 0 (nonpolar), 0.9 (polar covalent), and 2.1 (ionic), respectively. This is why H-H bond
is purely non-polar, H-Cl-a polar covalent bond, whereas NaCl is an ionic compound as shown
in Figure 3.4.

Difference of electronegativity
between:bonded atoms Bond type

@ Zﬁ'o ) ( Pure C|(|)V211ent ) ]Cn(é}’é‘;‘zgg character

( <1.8 ) ( Polar Covalent )
11

. Covalent character
( >1.8 ) ( Ionic ) decreases
Figure 3.4 Variation of the nature of bond with the electronegativity difference

Quick Check 3.3

a) Predict with the help of electronegativity values whether the bonds in these compounds would
be non-polar covalent, polar covalent, or ionic.

i) HF i) KI iii) CaF, iv) ICI v) Br,
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3.2.1 Dipole Moment and Polarity of Molecules

In compounds such as HF, where the bonded atoms are from different elements, the electronic
distribution between the atoms is uneven. Due to this reason, one atom carries partial positive
and the other partial negative charge. A molecule with 6+ charge on one part and 6- charge on
the other part is called a dipole and such a molecule is said to have a dipole moment. It is
a quantitative measurement of the polarity of a bond or a molecule. The dipole moments of
diatomic molecules like HF, HCI, HBr, HI, NO, etc. are directed from the positive ends (6+)
to negative ends (8-) as in Figure 3.5. Dipole moment is measured in Debye unit (D). Higher
dipole moment indicates higher polarity in a molecule.

H nucleus F nucleus

Figure 3.5 Electron density in HF is higher near the F atom and the dipole moment is directed from H to F

For compounds having more than two atoms, the dipole moment depends on the structure
of the molecule. The dipole moment of water is 1.85 D-which is directed from the end
having two hydrogen atoms to the end with the-oxygen.atom as in the structure shown in
Figure 3.6. A linear H,O molecule (H-O-H)'would have zero dipole moment. The non-
zero dipole moment value shows that water is a non-linear molecule. Experiments reveal
that the water molecule has a v-shaped structure: In contrast, SO, has a dipole moment
of 1.61 D and in opposite direction to that innwater. H,S is also a non-linear molecule as
the individual bonds are polar;-but they don’t cancel each other’s dipole moment and the
overall molecule has some.dipole moment.

Electron density map of the water molecule.

&- &+
0 S \
,H/é“l \}ﬁw 6-);(//1\0 B&-
Red represents the rich oxygen region, and blue

P=185D P=161D represents the electron-deficient hydrogen end.
Dipole moment is from blue to red

Figure 3.6 Vector addition of individual bond moments in angular H,O and SO, molecules

However, some molecules have net zero dipole moments as the symmetry in their
structures causes the cancellation of the individual bond moments. For example, BeCl, is
a linear molecule having two similar Cl atoms on both sides of the central atom at 180°.
The individual Be-Cl bond moments are cancelled out as they are opposite in direction
and equal in amount. Similarly, CCl, has four C-Cl bonds which are expected to have high
polarity due to a large electronegativity difference between C and Cl atoms. The bond
moments associated to the four C-Cl bonds are directed in such a way that they cancel
each other. The net dipole moment of the CCl, molecule is zero making it a non-polar




molecule. The CCl, molecule is perfectly tetrahedral. Similarly, BF; has a trigonal planar
symmetrical structure and its dipole moment is also zero. As a rule, the molecules that have
same ligands (atoms or groups of atoms with the central atom) in a regular geometry, the
individual dipole moments may not be zero, but the molecule has net zero dipole moment
as shown in Figure 3.7. Such molecules are said to be non-polar.

IF& Cl
180° 5t tCSLL 5
o— o5~ —
AN d LA FANG
-t > F F$- C6f

p=0D p=0D p=0D

Figure 3.7 The individual bond moments in symmetrical molecules; BeCl,, BF; and-€Hy/are cancelled out to give
zero net dipole moment.

Quick Check 3.4 e il

a) Can you explain why CO has a dipole moment but CO, does not have any?
b) Do you think that individual bonds in CCl, are polar? Explain in terms of the electronegativity
difference. What about the polarity of overall CCl, molecule?

¢) Are the following molecules polar or non-polar?/Briefly give reasons. HF, CH,Cl,, O, H,S

3.3 INTERMOLECULARFORCES

Intermolecular forces are also considered as-binding forces just like chemical bonds.
However, the attraction between the-molecules-is much weaker than the chemical bonds.
These forces are believed to exist'between all kinds of atoms and molecules when they
are sufficiently close to each other. Such-intermolecular forces are called van der Waals
forces. These intermolecular forces bring the molecules close together and give particular
physical properties to the,substances in gaseous, liquid, and solid states.

Three types of such forces are mentioned here:

i) Instantaneousdipole-induced dipole forces or London dispersion forces
ii) Permanent dipole-permanent dipole forces

iii) Hydrogen Bonding

The detailed discussion on these forces will be made in the chapter on states and phases of
matter (Chapter 5).

3.4 BOND ENERGY AND BOND LENGTH

The bond energy is the average amount of energy required to break all bonds of a particular
type in one mole of a substance. It is determined experimentally by measuring the heat
involved in a chemical reaction and its unit is kJ mol'!. Bond energy is a measure of the
strength of a bond and its reactivity. The strength of a bond depends upon the following
factors.




e Flectronegativity difference of bonded atoms

e Size of atoms
The bond energies/enthalpies of some bonds are presented in Table 3.1.

Table 3.1 Average bond energies of some selected bonds in kJ mol!

Single bonds Multiple bonds

H-H 432 C-l 240 F-F 154 C=C 614
H-F 565 c-cl 339 Cl-cl 239 c=C 839

H-Cl 427 C-N 305 Br-Br 193 0=0 495
H-Br 363 C-0 358 I-l 149 C=0 745
H-I 295 N-H 391 S-S 266 N=N 941

C-H 413 N-O 201 Si-Si 340 C=N 615
C-C 347 O-H 467 Si-O 452 N=0 607

Let us consider the role played by electronegativity difference. Look at the bond energies
of H-X type of compounds, where X=F, Cl, Br, I. The data shows that the bond energy of a
bond rises with the increasing electronegativity difference between the bonded atoms. As
the difference in electronegativity increases, the bond polarity also becomes greater and
this gives rise to additional attractive force for binding the atoms. This is why the bond
energy for HF is higher (565 kJ mol™!) than for HI (295 kJ mol'!). It may be noted that
energies of multiple bonds are greater than.those of single bonds

C=GC> C=C>e€:=C
Bond length is the distance betweéenythe nucléi of two atoms forming a covalent bond.
The bond lengths are experimentally determined by physical techniques, such as electron
diffraction, X-ray diffraction, or spectral'studies. The bond length of a bond is governed by

many factors including electronegativity, size, and the nature of the covalent bond (single,
double, or triple). Some selected bond'lengths are given in Table 3.2.

Table 3.2 Bond lengths of some selected bonds

W Bond length (pm) Bond Bond length (pm)
H-H 74 Si-F 155
H-Br 144 C-F 135
c-C 154 c-cl 180
c=C 133 C-Br 196
C=C 120 C-l 214
c=0 122 B-F 130
Si-H 146 B-Cl 175

With an increase in size of the atoms, the covalent bond length also increases. The C-Cl
bond length is about 180 pm, whereas the C-F bond length is 135 pm. This is because the
Cl atom is much larger. With the rise in electronegativity difference between the bonded
atoms, the bond becomes shortened. For example, Si-F bond length in SiF, is found to
be near 155 pm, whereas the calculation of Si-F bond from the covalent radii of Si and F
(Si=117 pm and F=64 pm) is 181 pm.

-




The electronegativity difference causes an ionic character in the covalent bond. The ionic
character results in shortening of the bond length due to the additional attraction between
the bonded atoms.

Quick Check 3.5
a) HI is a stronger acid and a robust reducing agent, whereas HF is a weaker acid. Explain.

b) Acetylene (HC=CH) is more stable than ethene (H,C=CH,). Can you explain why?

3.5 A COMPARISON AMONG IONIC, COVALENT,
METALLIC BONDS AND INTERMOLECULARKFORCES

Chemical bonds, i.e. ionic, covalent, and metallic ~ Table 3.3 Relative strengths of chemical

bond are usually termed as true chemical bonds, bonds andnintermolecular forces
as they affect the chemical properties of a N
.. . Bond Energy

substance. This is because of certain reasons. W ype (kI mol)
Firstly, chemical bonds result in the formation \
of new species through transfer and sharing of lonic bond in NaCl 760
electrons. Whereas, intermolecular forces act to .

. . . O-H bond in water 464
bring molecules closer and influence the physical
properties. However, such a clear distinetion Hydrogen bonding 20-50
between the chemical bonds and intermolecular | pefmanent dipole- Permanent dipole force 5-20
forces is not possible. The distinctive feature of Van der Waals forces 1-20

the chemical bonds and intermolecular forces is
their bond strength. The strength of ‘a force ‘is
measured by the bond energy. Table 3.3 provides a comparison among different chemical
bonds and intermolecular forces.

The bond energy of ionic bond (sodium chloride, 760 kJ mol’) is highest, followed by
covalent bond (O-H =464 kJ mol"), and average hydrogen bond energy (20-25 kJ mol").
It shows that the ionie'bond is the strongest form of chemical bonding. It also reveals that
chemical bonds are generally much stronger than intermolecular forces. The permanent
dipole-dipole forces (5-20 kJ mol") and London dispersion forces (1-20 kJ mol") are even
weaker as_indicated by their low bond energies. The metallic bond is mostly elaborated
in terms of electrostatic forces, although some theories suggest that it may be of covalent
nature. In any case, the metallic bond is weaker than both the ionic and covalent bonds.
The average bond energy of the metallic bond is 100-150 kJ mol". A satisfactory argument
for the low strength of metallic bond is extensive delocalization of electrons within the
metallic crystal.

3.6 VALENCE BOND THEORY (VBT)

The VSEPR model predicts and explains the shapes of molecules but does not give reasons
for the formation of bonds. VBT is concerned with both the formation of bonds and the
shapes of molecules. This method of describing a covalent bond considers a molecule as a
combination of atoms. The postulates of VBT are given below
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® A covalent bond is formed when half-filled orbitals in the valence shells of two atoms
with similar energy overlap.

® A greater overlap of the orbitals results in a stronger bond.

® Covalent bonds are directional. The direction of the bond is determined by the shape
and mode of the overlapping orbitals.

3.6.1 Formation of Sigma Bond

A sigma bond is formed by the linear overlap of two half-filled atomic orbitals on adjacent
atoms. The orbitals approach each other on the nuclear axis. Both s and p orbitals can
overlap head-on to form sigma bonds.

s-s Overlap

The ‘s’ orbital of one atom overlaps with the s-orbital of the other to give a bond orbital.
This type of overlap occurs during the formation of the H, molecule, where each hydrogen
atom has a half-filled ‘s’ orbital.

After the bond formation, the electrons are paired up and the electron density in this
molecule is symmetrical around the two nuclei as’in Figure 3.8.

O o l @ Symmetrical Electron]

Densny
H; molécule

Hydrogen Hydrogen

Figure 3.8 Overlap between s orbitals of two,hydrogen atoms to form the H, molecule

s-p Overlap

The s orbital of one atom canoverlap withthe p orbital ofthe other to form a covalent bond (o).
For example, in HCI molecule, a half-filled s orbital of hydrogen overlaps with a half-
filled p orbital of chlorine as shown in Figure 3.9. The electron density is higher close to
the Cl atom due to.its higher electronegativity value. This is why HCl is a polar molecule.

QCZKD — D — ©O<

Ovarlap sians Hydragen chloride
Hvqutn atom Chmzm- anem HCH

Fig. 3.9 Formation of G bond by s-p overlap
p — p Overlap

An example of this type of overlap is the formation of the Cl, molecule where ‘p’ orbitals
of two chlorine atoms overlap on the nuclear axis. The electron density is symmetrical
around the nuclei of the two Cl atoms because both have same value of electronegativity.

%@ Interesting Information!

The bond angle in H,O is 104.5°, whereas in H,S, it is 92°. This is because the orbitals of S are
larger and the lone pair exerts a stronger repulsion.




Chlorine atom Chiorine atom Cls
Atomic orbitals Bond orbital

Figure 3.10 Overlap of p and p orbitals to form Cl, molecule according to VBT

The H,S molecule is a non-linear molecule which is formed by the combination of one

sulfur and two hydrogen atoms. The two 3p (say 3p, and 3p,) orbitals of sulfur containing

one electron each can overlap with the 1s orbitals of two hydrogen atoms. A V-shaped
molecule is thus formed having a bond angle of 92° as in Figure 3.11.

- a

Fartially filled @ 20

3porbitals ] ‘\‘\ "

> S
Filled 3p orbital | H /%2%\ I

Figure. 3.11 The formation of H,S molecule by H and S orbitals overlap
Formation of © bond

Consider the formation of a double covalent bond
between oxygen atoms (O=0). There are two unpaired
electrons on each atom in perpendicular p orbitals. (say
P, and P,). The p, orbitals on the two-oxygen atoms are
oriented in such a way that they overlap. end-to-end
linearly. The linear overlap.of-the p, orbitals gives a ¢
bond. However, the p, orbitals on both atoms are aligned
parallel to each other. They overlap in a parallel way
so that the two p.lobes overlap above the plane of the
nuclei and the other two lobes below the plane as shown
in Figure 3:12. This results in the formation of 7 bond. 0—o0

The oxygen atoms are doubly bonded through ¢ and & Figure 3.12 Formation of double bond (

bonds. and ) between oxygen atoms
Quick Check 3.6

a) Draw the orbital structures of H,O and N, molecules.
b) Draw the orbital overlap to show the formation of F, and HF molecules

3.7ATOMIC ORBITAL HYBRIDIZATION

A process in which atomic orbitals of slightly different energies and shapes are mixed
together to form a new set of equivalent orbitals of same energy and same shape is called
hybridization.
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@g Keep in Mind

*  Hybridization is a process of mixing of orbitals in a single atom (or ion).
*  Only orbitals of comparable (relatively close) energies can be mixed to form hybrid orbitals.
*  The number of mixing orbitals is always equal to the number of the resulting hybrid orbitals.

3.7.1 Types of Hybridization
sp Hybridization

In sp hybridization, one s (low energy and spherical) and one p orbital (high energy and
dumb-bell shaped), intermix to give a new set of two orbitals of same.energy and same
shape called sp hybrid orbitals. These sp hybrid orbitals are arranged in linear geometry and
oriented at 180°. The electronic configuration of the outermost shell of Be is as follows:

4Beground = \LT Ground

2s 2p, 2p, 2p,
Beggited = T T Excited Behybridi7ed= T T hybridized
2s 2p, 2p, 2p, sp sp

The two sp hybrid orbitals lie linearly as in Figure 3.13. The sp hybridization explains the
geometry of linear molecules such as beryllium chloride; BeCl,. It is formed when two sp
hybrid orbitals of Be atom overlap with the half-filled p-orbitals of chlorine atoms.

o Hyhridization @&.__3 > =

s orbital p ok Two sp hybeid orbitals. sp hybrid orbitasls shown together
|Large lobes only)

180°

180

Gl _. ﬁ - Cl_-
A= AFD - aLata

Figure3.13 Mixing of s and p orbitals to give two hybrid sp orbitals and the formation of BeCl,

sp2 HYBRIDIZATION

In sp? hybridization, one s and two p atomic orbitals of an atom intermix to form three
orbitals called sp? hybrid orbitals. The three half-filled sp? hybrid orbitals are arranged in
a trigonal planar geometry with bond angles of 120° as in Figure 3.14.

4 : 4 g
120°
b Hybridization
O ' %x . M b - -

23 orbiral 2p, orbital 2p, orbital Shape of one 3p° orbital

Figure 3.14 Formation of sp? hybrid orbitals from atomic orbitals




The sp? hybridization explains the geometry of planar molecules such as BF;. Electronic
configuration of sB is:

SBground = J/T T Ground

2s 2p, 2py 2p,

excited T T T Excited Bhybridized= T /I\ T hybridized

2s 2p, 2py, 2p, sp> sp> sp

B

The three outermost orbitals of B mix together
to give three sp? hybrid orbitals. On the other
hand, one of the p orbitals of fluorine is half
filled (e.g. 2p,). BF; is formed by the overlap
of three half-filled sp? hybrid orbitals of boron
with 2p, orbitals of three fluorine atoms. The
structure is trigonal planar with bond angles
equal to 120°, each as in Figure 3.15. Figure 3.15 Formation of BF; molecule through sp?-p overlap

L]

sp® Hybridization

In sp® hybridization, one s-orbital (low energy and spherical) and three p-orbitals (high
energy and dumbbell shaped), intermix to-give-a new set.of four orbitals of same energy
and same shape. Each of these hybrid orbitals‘is a sp* hybrid orbital. These hybrid orbitals
are arranged in the tetrahedral geometry as shown in-the example of CH, as in Fig. 3.16.

The electronic configurations of valénce shell of ,C in its excited and hybridized states are
given as follows:

6Cgmund: T T Ground

2s 2p, 2py 2p,
e Mt ona= [T T T | oo
2s 2p, 2py, 2p, Sp* Sp* Sp* Sp?

The energies of hybrid orbitals are lower than unhybrid orbitals. Figure 3.13 shows the
outermost four atomic orbitals of carbon mix up to give four hybrid orbitals of same energy
and same shape.

2 E-hapu: of one sp* orbital
¥ b |I-IUII'I|: two lobes

7

24 arbital 1p, orbital g orbital 2py orbital Four sp” hybrid orbitals

Figure 3.16 Formation of sp> hybrid orbitals of carbon in methane




%@3 Did you Know?

Each sp? hybrid orbital consists of two lobes, one larger and the other smaller. For the sake of simplicity,
the smaller lobe is usually not shown while representing sp> hybrid orbitals together.

The four new hybrid orbitals of equal energy have a tetrahedral geometry with carbon
nucleus at the center. The methane molecule is formed by the overlap of sp> hybrid orbitals
of carbon with 1s orbitals of four hydrogen atoms separately to form four sigma bonds.
The four C-H bonds, which result from sp3-s overlaps, are directed towards the corners of
a regular tetrahedron.

38 VALENCE SHELL ELECTRON PAIR REPULSION
MODEL (VSEPR)

The VSEPR model describes the shapes of molecules based on the electron pairs that
surround the central atom. This model was presented by Sidgwick and Powell in 1940.
It is based on the assumption that a molecule will take a shape such that the electronic
repulsions among the valence electron pairs of that'atom are minimum. In order to have the
minimal repulsions, the electron pairs arrange themselves, at farthest possible distances.
This arrangement of the electron pairs determines the gecometry of the resulting molecule.

Postulates

i. Both the lone pairs (non-bonded) as well as'the bond pairs participate in determining
the geometries of molecules.

ii. The electron pairs are arranged.around the central atom so as to remain at maximum
distance apart to avoid repulsions.

iii. The electrons of lone pairs occupy more space than the bond pairs. As a result, the
non- bonding electron pairs exert greater repulsive forces on bonding electron pairs
and, thus, tend to compress the bond pairs. The magnitude of repulsions between the
electron pairs in a given molecule decreases in the following order:

Lone pair- lone pair (Ip-Ip) > lone pair -bond pair (Ip-bp) > bond pair - bond pair (bp-bp)

> o ®

An electron pair shared by two nuclei occupies less space than a lone pair bound by a single nucleus

iv. The two electron pairs of a double bond and three electron pairs of a triple bond,
contain a higher electronic charge density, but they are regarded as single pairs.

-




v. The presence of highly electronegative atoms with the central atom results in decreased
electronic repulsions between the bond pairs, but stronger repulsion by the lone pair.

3.8.1 Predicting the Shapes of Molecules

In order to illustrate this model, the central atom is named ‘A’. The electron pairs around
‘A’ are designated as ‘B’. There may be different number of electron pairs around the
central atom depending upon its valency. It gives rise to various types of molecules, such
as AB,, AB;, AB,, etc. The electron pair geometry of a molecule is determined by the
total number of electron pairs around ‘A’. Whereas, the actual shape of the molecule is
determined by the atoms excluding the lone pairs. Following Table 3.4 gives the possible
shapes of different types of molecules having varying numbers of bond and.lone pairs.

Table 3.4 Geometries and shapes of different systems of covalently bonded«compounds

No. of | No. of | Electron pair | Shape with respect \ lar Examples
electron | lone geometry to atoms a*paration
pairs pairs s\‘a of atoms
around ?.
central
atom /( ;
2 0 linear linear 180° CO,, BeCl,
3 0 trigonal trigonal 120° BCl;, SO,
3 1 trigonal Angulaf, v~ shaped Lef ; (t)lgan SO, , SnCl,
4 0 tetrahedral tetrahedral 109.5° CH,, CCl,
4 1 tetrahedral pyramidal Li’f)s’gtgf 1 NH;, H;,0"
Less than
4 2 tetrahedral Angular, v-shaped 109.5° H,0, OF,
Trigonal . . . o ano i
5 0 gkl Trigonal bipyramidal 120°, 90 PCls, 14
6 0 octahedral octahedral 90° SF¢, XeF,
Steps to Determine the shapes of molecules.
The following steps are followed to predict the shape of a molecule. Cl

® The least electronegative atom or the element with the least number .

of atoms is mostly selected as the central atom. For example, in
CCl,, the carbon atom is the central atom.

-Cl1

Cl
e The total number of electron pairs around the central atom are counted (including bond
pairs and lone pairs). For example in CCly, the total number of bond pairs around the
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C atom are 4 and it has no lone pair.

e The total number of electron pairs determines the electron pair geometry (as in the
above table) of the molecule. For example, CCl, has total four electron pairs and its
geometry is tetrahedral.

e Finally, the actual shape of the molecule is determined excluding the lone pairs (if
any).

%@ Keep in Mind

Number of electron pairs around the central atom are calculated as in the following example:

In NH;,

Valence electrons in N =5 Calculation for lone pairs on N

Electrons shared by 3H=3x 1 =3 No. of lone pairs on N = Total no. of pairs — no. of bond pairs
Total number of electrons =5 + 3 = 8 No. of lone pairs on N=4 —-3=1

Total number of electron pairs = % =4 | Thus, N has 1 lone pair,in/NH;.

AB, type Molecules (Linear geometry)

In such molecules, two electrons pairs around'the central atom are arranged at an angle of
180° to minimize repulsions between them. Thus, they form a linear geometry as shown
in Figure 3.17. BeCl, molecule is of AB;type with Beas the central atom and two bond
pairs around it, but no lone pair. .

180°

Cl—BQCl 2m 2.

Figure 3.17 Linear shape of the BeCl, molecule
AB; type (Trigonal planar geometry)

In AB; type molecules, the central atom is surrounded by three electron pairs, which are
arranged at maximum distance apart at an angle of 120° giving a trigonal geometry. For
example, BFy.molecule has a trigonal planar shape with each F-B-F bond angle of 120°
Figure 3.18. The similar geometries are expected in the hydrides of group 3, i.e. AlH;,
GaH;, BH;, etc.

F 120°
F/]QF

Figure 3.18 BF; is an AB; system having triangular planar geometry




In SnCl,, the Sn atom has 4 electrons in its outermost shell. It makes two bonds with two
Cl atoms and the remaining two electrons exist as a lone pair Figure
3.19. One of the corners of the triangle is occupied by this lone pair,
giving rise to a distorted trigonal electron pair geometry (in vapour o
phase). The actual shape of SnCl, is v-shaped and bond angle less Sn
than 120° due to the presence of a lone pair on Sn atom. _/L}‘\,Cl
Less thanl0®

Figure 3.19 Shape of
SnCl,

Cl

AB3-Type with Multiple Bonds

The molecule of SO; has all the three regions occupied 0 e
by S=O bonds. The structure of SOj; is perfectly trigonal 1207

with each angle equal to 120°. On the other hand, in 5
SO,, one corner of the triangle is occupied by a lone

pair and the other two corners each by a double bond U/ﬁ \D M
(S=0). Thus, it makes an angular or v-shaped structure
just as SnCl, does as in Figure 3.20.

wTn—

Less than120®
Figure 3.20 Shapes of multiply
bonded SO, and SO,

AB,4 Type (Tetrahedral geometry)

In this type of molecules the electron pair geometry is a regular tetrahedron. Each of the
bond angles is of 109.5°. For instance, in methane, four.bonded electron pairs are directed
from the center towards the corners of aregular tetrahedron, as following Figure 3.21. On
the same grounds, SiH,, GeH,, CCl, possess the similar shape.

Figure 3.21 Regular tetrahedral shape of the CH, molecule

In the ammonia molecule (NHj;), there are three H atoms attached to the nitrogen atom
having one lone pair. Due to a lone pair, the ideal angle 109.5° is reduced to 107° as in
Figure 3.22 Ammonia has triangular pyramidal shape. The substitution of hydrogen in
NH; with electronegative atoms like F or CI further reduces the bond angles.

In NF;, three highly electronegative F atoms are bonded to the N atom.. The first reason
being the strong polarity of N-F bond, due to which N atom pulls the lone pair closer to
its nucleus. The lone pair exerts a stronger repulsion on bonding electrons. Moreover, the
bond pairs (N-F bonds) are closer to F atoms than N atom. The increased distances in these
bond pairs make their repulsions weaker and allow the bonds to come closer. The bond
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angles are further compressed to 102.5°.

Figure 3.22 Distorted geometry and pyramidal shape of the NH; molecule

Experiments reveal that the water molecule (H,O) is angular or v-shaped, although it has four
electron pairs around the central atom. Two of the corners of the tetrahedron are occupied by
two lone pairs and the remaining two by bond pairs. But, due to the greater repulsions of the
lone pairs, the bond angle is reduced to 104.5° as in Figure 3.23.

| fff:\

O,

=9 i
H 104.5°
Tetrahedral geometry including long pairs  Angular shape of water molecule excluding lone pairs

Figure 3.23 Water molecule has two lone.pairs and is v-shaped with suppressed bond angle
The [H50]" ion is formed by.the capture of a proton by a water molecule and it has the
tetrahedral trigonal pyramidal shape. On the other hand, amid ion, [NH,]", has a V—shaped
structure as in Figure 3.24.

trigonal idal sha v-shaped amide i
H ||f H pair geomrtny R . e

Hydrondum ion

Figure 3.24 Shapes of hydronium (H;0") and amide (NH,") ions

a) Calculate the no. of lone pairs on the central atoms in the following: H,O, ICl;, I3
b) Calculate the number of bond pairs and lone pairs in SiH,, H,Se, and PH;.

¢) Predict the shapes and angles in SiH,, H,Se, and PH;.

d) Predict how the bond angle in H,S would be different from that in H,O.




AB; type molecules (trigonal bipyramidal geometry)

AB; type molecules, have trigonal bipyramidal geometry. This is evident from the
geometry of the PCl5 molecule given in Figure 3.25. The angles within the plane are 120°
and that between the axial atom and a planar atom is 90°.

:cl:
:Cl |

P —CI
:Cl I

3Gl

°LP
Figure 3.25 Lewis structure and shape of PCls molecule 180°
Tri-iodide ion [I;] is an ABy system. The central atom in this ion
is the iodine atom. There are five electron pairs around the. iodine
atom including two bond pairs and three lone pairs. The lone pairs
occupy the corners of the trigonal region and the iodine atoms
occur vertically one being above and the second below the plane.
The actual shape of the tri-iodide ion is linear and the iodine atoms @

are farthest apart at an angle of 180° as in Figure 3.26. Figure 3.26 Shape of tri-

AB, type molecules (octahedral geometry) iodide ion ([L;])

ABg type molecules have 6 electron pairs around the central atom and the octahedral
geometry. All the ABA angles in this type'of geometry are of 90°. SFy is an AB, type
molecule. The Lewis structure and.the shape of SFy is given in Figure 3.27,

Figure 3.27 Lewis structure and octahedral shape of SF with each angle of 90°

XeF, is an ABg type molecule with four bond pairs and two lone pairs. the two lone pairs
remain at farthest distance at angle of 180°. Excluding the lone pairs, the actual shape of
XeF, is square planar with all F-P-F angles equal to 90° as in Figure 3.28.
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Figure 3.28 Lewis structure and square planar shape of XeF,

Draw the Lewis structures for IF; and IFs and predict their geometry with referen?@)e VSEPR model.

3.8.2 Applications of VSEPR Model in Drug Designing

Drugs are chemical substances that prevent,
diagnose, or treat a disease. Drugs interact
with human body at specific points, or with
specific  processes called targets or
substrates, through their bioactive molecules
called ligands. A receptor is mostly a protein
that receives and responds to a ligand through
binding. The examples of targets in the'body
are receptors, such as enzymes, proteins,
nucleic acids, and cellular pathways. Each
drug interacts with a specific target in\the
body to a different degree, this feature, is
called specificity of a drug-or.a ligand-

Molecular shape is an important feature
that determines. how a drug interacts
with a biological target. Only the
ligands with-suitable shape can fit in
the active sites of a biological target
as a specific key fits in a specific lock.
VSEPR model is successfully applied
in determining the shapes of various
biological systems, such as substrate
recognition, ligand specificity or
selectivity, and antibody recognition.
For example, Aspirin is an analgesic
drug (painkiller) used for relief from
pain as a primary medicine.

aspirin

4 B )
¢
] - ]
5 A §
— — Action

Drug A binds fo receptor
Drug B cannot bind 1o recepior

irreversible
acelylation
~== Ser s
_-r i N i -3 ll'—.
I . ﬂ‘tg _ A
{ Wy - r ‘:}
\ ; / Platelet
1 I
[

' COX-1 dimer
! .
1
i
H

00
o

salicylic acid

Figure 3.29 An interaction of Aspirin with
COX (Published after permission from Tulane
University Press)




It interacts with an enzyme COX (cyclooxygenase) by binding to its active site through the
acetyl group (-OCCH,).

The shape of COX active site and that of acetyl group on Aspirin are compatible with each
other as in Figure 3.29 . Therefore, the binding is successful to block COX, which is a
cause of the pain in the body.

3.9 MOLECULAR ORBITAL THEORY (MOT)

The molecular orbital approach explains the results of quantum mechanical calculations
for covalent bonding. The postulates of this theory are:

*  During the formation of a molecule, the atomic orbitals of the combining.atoms overlap
to form new orbitals called ‘molecular orbitals’, which are characteristic of the whole
molecule.

*  The atomic orbitals overlap with the lobe having suitable sign.of the wave function of
the orbital. For example, one lobe of a p orbital is given the ‘+’ sign and the other is

3

marked with ‘- sign.

* Two atomic orbitals overlap to form two molecular orbitals. When same sign orbitals
overlap, the bonding molecular orbital (¢ or ) is formed that has lower energy
than the parent atomic orbital, while with-opposite signs, high energy anti-bonding
molecular orbital (c* or n*) is formed; that'has higher energy than the parent atomic
orbitals.

* The number of bonds formed between tworatoms after the atomic orbitals overlap,
is called the bond order and is taken aschalf of the difference between the number of
bonding electrons (say a) and.anti-bonding electrons (say b).

a—>b

Bond-order = >

s-s Overlap
In the formation of H, molecule, two s orbitals of H atoms combine to give two molecular
orbitals. The bonding molecular orbital is symmetrical about the axis joining the nuclei of

the bonded.atoms (nuclear axis), while the anti-bonding molecular orbital has the electron
density away from the nuclei of the overlapping atoms as in Figure 3.30.

H Hy H
(0-19
o) =
antibonding

molecular
orbital

’ o) G ls
bonding
Cls

Energy

molecular orbital

Energy Diagram Electran Probability Distribution

Figure 3.30 Formation of bonding and anti-bonding orbitals for the H, molecule
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The p orbitals of an atom can combine to give ¢ bonds in the following ways:

a) Head on overlap

Here, the p-orbitals of the two atoms (= >3 E:’\-.__J — [....:3"'-'3‘ [

approach along the same axis (say 2p, Antibanding
x-axis) as shown in Figure 3.31.
This combination of atomic orbitals (= >89 [ > 3J) — D i

gives rise to ¢ (2p,) bonding and c*
(2p,) antibonding molecular orbitals.

2p, Bonding

Figure 3.31 Head on overlap of p orbitals
b) Sideways overlap
When the axes of two p-orbitals (i.e p, or p, orbitals) are parallel to each other, they
interact to form © molecular orbitals as shown in the diagram Figure 3.32. The bonding
molecular orbitals m(2p,) or 7(2p,) have zero electron density on the nuclear axis (called
the nodal plane). On the other hand, anti-bonding molecular orbitals 7 * (2p,) and  * (2p,)
have the least electron density in the inter-nuclear region as in'Figure 3.32.

Q 2p + 2p, Bonding
ip,— 1Ip, Antibo
: QO
— g £ .: o n2p
D
ip, + Ip, Bonding — Ip, Antibonding

Figure 3.32~Formatiop'of'r MOs from p, and p, orbitals

3.9.1 Molecular Orhital Diagrams of Some Diatomic Molecules
i) Helium

The electronic ‘configuration of He is
1s%. For a successful formation of He,
molecule, 1s-orbitals of two He atoms
must combine to form bonding (c1s) and
anti-bonding (c*1s) orbitals as shown in
Figure 3.33. Out of four electrons, two
enter the bonding molecular orbital o
(Is) and the remaining two occupy the
antibonding o*(1s) molecular orbital.
But on calculation we discover that the
bond order for He, is zero. Hence, He, E.M.0)

molecule is not formed. Figure 3.33 Molecular orbital diagram of He, molecule

Energy

a(ls)




Bond order of He, = —— =10

ii) Nitrogen (N,)
Electronic configuration of N is, 1t
7N: 182’ 2825 prla 2py1’ 2pzl

The molecular orbital diagram
of N, based on this electron
configuration is shown in Figure.
3.34. The valence shell 2s on
both N atoms give 62s and 6* 2s
orbitals; whereas, 2p orbitals give
six molecular orbitals which are
arranged in the increasing order
of energy as:

Energy

02s <o*2s <m2p, =n2p, <o 2p,
<n*2p, = n*2p,< c* 2P,
The bond order for N, can be

calculated from its orbital diagram u
as:

Figuré3:34' Molecular orbital diagram of N,
6-0 molecule

Bond order of N, = - - 3

Therefore, there are three coyalent bonds ‘between the nitrogen atoms in this molecule.

One of these is a o bond while the othertwo are w bonds.
iii) Oxygen, O,

The formation of molecular orbitals in oxygen molecule is shown as follows in Figure
3.35.

The bond energy of the MOs can be arranged as
02s <o*2s < o2p, <n2p,=n2p, <n*2p, =1*2p,<
o* 2p,
The bond order of oxygen is 2(62;2), which shows

the presence of one ¢ and one m bond between the

oxygen atoms, i.e. they are linked by a double bond
(0=0). Oxygen molecule is paramagnetic in nature,
which means it is attracted by a magnetic field.
Paramagnetic substances have one or more unpaired Liquid oxygen is attracted and

electrons in them. A substance with large number of gets suspended between the poles
of a strong magnet
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unpaired electrons is strongly paramagnetic. MOT successfully explains the paramagnetic
behavior of oxygen molecule.

The MO diagram of oxygen shows the presence of two unpaired electrons, one in 7*(2p,)
and w*(2p,) each. Due to the presence of these unpaired electrons, oxygen molecule has a
net magnetic field, which interacts with the external magnetic field.

Fay

a'(2p,)

Energy

oizs) A
Figure 3.35 Molecular orbital'diagram of O, molecule

EXERCISE

—\y
MULTIPLE CHOICE QUESTIONS

Q.1 Four choices are given for each question. Select the correct choice.
I. Chemical bond formation takes place when

a) Force of attraction is equal to the force or repulsion

b) Force of repulsion is greater than force of attraction

c) Force of attraction overcomes force of repulsion

d) None of these
II. An ionic compound AYB is most likely to be formed when

a) lonization energy of A is high and electron affinity of B is low.

b) Ionization energy of A is low and electron affinity of B is high.

¢) Both the ionization energy of A and electron affinity of B are high.

d) Both the ionization energy of A and electron affinity of B are low.




II1. Which of the following molecules has zero dipole moment?

a) NH; b) CHCl,
c) H,O d) BF;
IV. The numbers of ¢ and & bonds in the N, molecule are:
a) One ¢ and one & bonds b) One c and two &t bonds
¢) Three o bonds only d) Twocandonen
V. Which of the following species has unpaired electrons in antibonding molecular
orbitals?
a) 05 b) N,”
c) B d) F,
VI. The shape of ICl5 according to the VSEPR model is:
a) Tetrahedral b) Trigonal planar
c) Trigonal bipyramidal d) T-shape
VII. Which of the following molecules has a net dipole moment?
a) CO, b) CS,
c) SO, d) CCl,
VIII. How many electrons are present in the valence shell of P in PO-?
a) 8 b). 10
c) 12 d) 14
IX. How many extra electrons than.anormal octet are there in the valence shell of I
in ICl5?
a) 2 b) 3
c) 4 d) 5
X. What is the type and shape of [ICl4] according to the VSEPR model?
a) AB,, tetrahedral b) AB,, pyramidal
c) ABs;, trigonal bipyramidal d) ABy, square planar

XI. Which of the following molecules has a central atom with sp? hybridization and a
tetrahedral electron pair geometry?

(a) BF; b) SO,
(c) CCly d) PCl;
XII. Which of the following species contains a dative bond?
a) CH, b) NaCl
c) NH,* d) O,




-

SHORT ANSWER QUESTIONS

Q.2  Attempt the following short-answer questions:

a.

Define the following:

(i) Dipole (ii) Bond order (iii) Permanent dipole- permanent dipole force
(iv) London dispersion force

Draw the Lewis (electron dot) structures for the following species:

(1) HCN (i1) NCl,4 (i11) CO (iv) O, (v) NO,

Xenon is a noble gas (group 18); xenon trioxide has the following structure:
Xe
o~ g Xo

i. By counting electron pairs around the central atom, explain why xenon trioxide
has this shape.

ii Draw a structure of xenon trioxide showing partial charges on the atoms and the
direction of the dipole moment in the molecule.

Explain the difference between the formation of ¢ and x bonds in terms of VBT.

The structure of propanone (acetone) is:
0

H3C)J\CH3

i. Show how the central carbon atom forms ¢ and w bonds through hybridization.
ii. Can propanone make a hydrogen bond with water when both are intermixed?

Predict the shapes of sulfate ([SO,]*), borate ([BH,]") and tri-iodide ions ([I5])
according to the-VSEPR model.

Sketch the molecular orbital pictures of m(2p) and n*(2p).
Sketchsthe hybrid orbitals and bond formation in PCls, SiCl,, and NH,*.

The structures of PF; and SiF, are given below. Redraw these with partial charges and
state which is polar and which is non-polar.

1
P Si
F F

Draw the orbital structure of the CO, molecule in terms of VBT.




Draw the Lewis structures and tell whether the following ions involve expanded
octets.

1) CIO, i) I1Cl,~ iii) NH," iv) Iy

The bond between K and Cl is ionic but that between Si and Cl is polar covalent.
Explain why.

SO, is a polar molecule but SO; not. Justify.

Which of O,?", and O,? would be paramagnetic? Give reason in the light of MOT.
Which of the following bonds would be most polar?

1) C-Cl ii) Si-F iii) Se-F

Compare the bond energies of single, double, and triple bonds between the same two

atoms (e.g., H-H, O=0, N=N). Explain the trend in terms of the number of shared
electrons.

DESCRIPTIVE QUESTIONS

Q.3

Q4

Q5
Q.6

Q.7

How the bonding in the following molecules can be explained with respect to valence
bond theory?

i) CL, i) 0, iii) N, iv) HF v) H,S

What are the postulates of VSEPR.model? Discuss the structures of the following
species with reference to this theory:

i) CH, ii) NH,4 iii) H;O" iv) PCl; v) SO, vi) SF
Explain the orbital hybridization for. CHy, NH;, BF;, and BeCl,.

Draw the molecular orbital diagrams of the following molecules. Calculate their
bond orders.

i) H, i) He, iii) N, iv) O,
Discuss the formation of F, molecule in the light of Lewis concept, VBT, and
MOT.
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Student Learning Outcomes (6381 R Y651 E.5)

After studying this chapter, students will be able to:

® Derive measurements of mass, volume, and number of particles using moles: (Application)

® State the volume of one mole of a gas at STP. (Knowledge)

® Use the volume of one mole of gas at STP to solve mole-volume problems. (Knowledge)

® Calculate the gram molecular mass of a gas from density measurements at STP. (Application)

® Express balanced chemical equations in terms of moles, representative particles, masses, and
volumes of gases at STP. (Application)

® Explain the concept of limiting reagents. (Understanding)

@® Calculate the maximum amount of product and amount of any unreacted excess reagent. (Application)

® Calculate theoretical yield, actual yield, and percentage yield.when given appropriate information.
(Application)

® Calculate the quantities of reactants and;products involved in a chemical reaction using stoichiometric
principles. (Some examples include ecalculations ‘involving reacting masses, volumes of gases,
volumes, and concentrations of solutions, limiting reagent and excess reagent, percentage yield
calculations). (Application)

® Explain with examples, the.importance of stoichiometry in the production and dosage of medicine.
(Understanding)

Stoichiometry is derived from Greek words stoicheion means element and metron means
measure. Stoichiemetry (pronounced as stoy-key-om.eh-tree) is the branch of chemistry
in which the\relationship between the amounts of reactants and products in a balanced
chemical*equation is studied.

The balanced chemical equation has the same number of atoms of each element on both
sides of equation. It has definite ratios of reactants and products just as compounds have
definite ratios of elements. Such ratios are used to calculate the mass or mole of other
substances.

Stoichiometric calculations obey law of conservation of mass and law of definite
proportions. According to the law of conservation of mass, “matter (mass) can neither be
created nor destroyed”. It states in terms of stoichiometry that the fotal mass of reactants is
equal to the total mass of products in a balanced equation. According to the law of definite
proportions, a pure compound always contains the same element combined in the same
ratio by mass.




4.1 CONCEPT OF MOLE

The mole is the amount of a substance which contains as many elementary entities as
there are atoms in 0.012 kg (12 g) of carbon-12. The elementary entities may be atoms,
molecules, ions, electrons, and other particles. It is represented by n. The number of entities
present in one mole of a substance is a constant number, named Avogadro’s Number, i.e.
6.02 x 1023, It is represented by N,. This value is attributed to an Italian scientist Amedo
Avogadro (1776-1856).

®§ Did you Know?
Avogadro’s number is a physical constant representing the molar number of entities."The exact value
of it is 6.02214179 x 10> mol". In calculations we use the rounded off value 6.02 x 10?3

Examples are given below:

e 1 mole of '?C contains 6.02 x 10?* atoms of '°C.

e 1 mole of H,O contains 6.02 x 10?* molecules of H,O.

e 1 mole of NaCl contains 6.02 x 10?3 formula units of NaCl.

e 1 mole of Na™ contains 6.02 x 1023 ions of Na™.

The chemists use the mole as the SI unit to weigh and count atoms, molecules, formula
units or ions.

The mass of one mole of a substance.(element;-compound or ionic species) is equal to the
atomic mass, molecular mass, formula mass or ionic mass of a substance when expressed
in grams and is known as melar mass;.represented by M. The mass of one mole of a
substance expressed in grams is called molar mass. The unit of molar mass is g/mol. The
molar mass is the sum©f the masses of the component atoms.

The mass of one mole-of CCl, can be found by adding the masses of carbon and chlorine present.

Molar massiof CCl, = Molar mass of one C + Molar mass of Cl x 4
=120x1+355x4

Molar mass of CCl, =12.0 + 142.0=154.0 g

Other Examples
e 1 mole of carbon atoms is 12.0 g.
e 1 mole of CO, molecule is 44.0 g.

e 1 mole of CaO formula units is 56.1 g.

e 1 mole of CO;* ions is 60.0 g.

The number of moles of a substance can be calculated by dividing mass in grams by molar
mass. The formula for number of moles is:
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Given mass

Number of moles =
Molar mass

Sample Problem 4.1
Calculate the number of moles present in 20 g of NaOH.

Solution: .
Number of moles = 1ven mass
Molar mass
n= 20 0.5 mol
40
Sample Problem 4.2

Calculate the mass of 0.5 moles of HCI.

Solution:
Mass of HCI = Number of moles x Molar mass
=0.5x36.5=18.3 mol

Sample Problem 4.3
Calculate the mass of 10~ mol of MgSO,.

Solution:
Molar mass of MgSO, = 24+ 96 = 120.g mol™!
Number of moles of MgSO, = 10
Mass of MgSO, =103 mol x 120 g mol'! =120 x 103 =0.12 g

a) Calcula

b) Calc&ét number of moles in 0.23 g of sodium.

¢) Calculate the mass of 1.5 moles of Ca(OH),.

d) The given mass of KCIOj; is 24.5 g. Calculate its number of moles.

e¢) How many molecules are present in 1.75 g of H,0,?
f) How many atoms are present in 15 g of a gold ring?

4.2 RELATIONSHIP BETWEEN MOLE, MOLAR MASS
AND AVOGADRO’S NUMBER

A sample of 12.0 grams of natural carbon contains the same number of atoms as 4.0 grams
of natural helium. Both samples contain 1 mole of atoms i.e., 6.02 x 10%3.
It is interesting to know that different masses of elements have the same number of atoms.




1.0 g of hydrogen = 1 mol of hydrogen = 6.02 x 10?* atoms of H
23.0 g of sodium = 1 mol of Na = 6.02 x 10?3 atoms of Na
238.0 g of uranium = 1 mol of U = 6.02 x 10%* atoms of U

An atom of sodium is 23 times heavier than an atom of hydrogen. In order to have equal
number of atoms, sodium should be taken 23 times greater in mass than hydrogen.

18.0 g of H,O = 1 mol of water = 6.02 x 10** molecules of water
180.0 g of glucose = 1 mol of glucose = 6.02 x 10?3 molecules of glucose

Hence, one mole of different compounds has different masses but the same number of
molecules.

Similarly, the number of ions in one mole of different ionic species is always the same, i.e
Avogadro’s number.

96.1 g of SO,2-= 1 mole of SO,2-= 6.02 x 10** ions of SO,
62.0 g of NO,1- = 1 mole of NO,!- = 6.02 x 10> ions ofNO;'

One can calculate the number of moles by dividing the number of particles by Avogadro’s

number.
No. of particles of substance

Number of moles =
Avogadroe’s Number

X Avogadro’s
number IN)

1]: Particles

A sample of glucose, contains 3.76 x 10** molecules of glucose. What is the number of
moles in this quantity?

Molar x
Mass in mass

grams <:j

Sample Problem 4.4

3.76 x 10%* molecules

6.02 x 10?3 molecules mol ™!

Solution: No. of moles of glucose =

=6.25 mol
Sample Problem 4.5 motes

How many atoms are there in a sodium metal that contains 2.3 g?

Solution:

Number of moles of sodium = % =0.1 mol

Number of atoms of sodium = Number of moles of sodium x N,
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=0.1x6.02x 10?3
=0.602 x 1023 atoms

Sample Problem 4.6

Juglone, is a dye and is produced from the husks of black walnuts. The formula for juglone

isC HO,.
a) Calculate the molar mass of juglone.

b) Calculate number of moles in 0.87 g of a sample of juglone extracted from black
walnut husks.

@g@ Interesting Information!
Juglone, is a natural herbicide (weed killer). It kills off competitive plants around-the black walnut tree
but does not affect grass and other noncompetitive plants.

Solution:

a) C,oHe0;
10 x A, (C)+6x 1.0A, (H)+3 x A, (O)
(10 x 12.0) + (6 x 1.0) + (3 x 16.0)
120 + 6 +48 = 174 g/mol

Mass of 1 mol of C,,HsO5 = 174(g/mol

Mass _ 0.87¢g
Molar-Mass 174 g mol™!

a) A copper wiz 5’ns 27.10 x10% atoms of copper. Calculate the number of moles of

b) Moles of juglone = =0.005 mol

copper.
b) Calcula molecules of 1x10° g of isopentyl acetate, C,H,,0, which are released in
a tyRi sting. How many atoms of carbon, hydrogen and oxygen are present in it?

@g@ Interesting Information!

Isopentyl acetate (C;H;,0,) is the compound responsible for the scent of bananas. Interestingly,
bees release about 1 pg (1 x 1076 g) of this compound when they sting. The resulting scent attracts
other bees to join the attack.

43 MOLAR VOLUME

The volume of one mole of an ideal gas at STP (Standard Temperature and Pressure)
is called molar volume. Its value is equal to 22.414 dm?. The value of molar volume is
commonly rounded to 22.4 dm?. It is denoted by V. By using molar volume relationship,
mass or mole of a gas at STP can be converted into volume, and vice versa.




According to Avogadro’s law, “Equal volumes of all ideal gases at the same temperature
and pressure contain equal numbers of molecules”. This statement is indirectly the same
when we say that one mole of an ideal gas at 273.16 K and one atm pressure has a volume
of22.414 dm3. Since one mole of a gas has Avogadro’s number of particles, so 22.414 dm?3
of various ideal gases at STP will have Avogadro’s number of molecules i.e., 6.02 x 10%3.

22.4 dm? of a gas at STP = Molar mass of a gas =6.02 x 10?3 particles of a gas= 1 mole of
a gas

e 22.4dm3of CO,at STP=44.0 g of CO,=6.02 x 10?* molecules of CO,=1mole of CO,
e 22.4dm’ of any gas at STP = molar mass in grams = 6.02 x 10> molecules = Imole

e 22.4dm’of H, gas at STP =2 g = 6.02 x 10?3 molecules = Imole

e 224 dm? of NH; gas at STP =17 g = 6.02 x 10?3 molecules=1mole

If the number of moles of a gas is known, one can calculate-its volume by multiplying
number of moles of the gas with molar volume.

Volume of a gas = Number of moles x'Molar volume
V=nxV,
Sample Problem 4.7

Determine the volume of 2.5 moles of chlorine molecules at STP.

Solution:
The formula for volume determination at STP is,
V=unxV,
Volume of 2.5 mole of Cl, = 22:4-dm> x 2.5 = 56.0 dm?
Sample Problem 4.8
What is the volume in dm? of 4.75 mol of methane (CH,) gas at STP?

Solution:
The formula for volume determination at STP is,
V=nxV,
Volume of methane in dm? at STP = 4.75 x 22.4 = 106.4 dm?

44 MOLAR MASS AND DENSITY OF GASES

Density is defined as the mass per unit volume of a substance.
Mass
Volume

Density =




! STOICHIOMETRY

As molar mass of all the gases occupies same volume at STP, therefore, density of a gas
depends on its molar mass. A gas having higher molar mass will have higher density and
vice versa. If the density of the gas at STP is known, its molar mass can be calculated.
Sample Problem 4.9

Calculate the molar mass of a gas which has density of 1.97 g/dm? at STP.
Solution
m =dxV
Mass of gas at STP = 1.97 x 22.4 = 44.1g mol™!

Calculate the molar mass of a gas which has density of 1.34 g/dm> at STP. O

(W

45 MOLAR CONCENTRATION

Molar concentration of solutions is given as mol/dm?, which is the number of moles of a
substance (reactant or product) dissolved per volume of a solution in dm?. The relationship
between number of moles and molar concentration is'given by

n=CxV
c=-=1
A%

where C is the molar concentration and V'is the.volume of the solution.
For example concentration of 0.2 moljof a stbstance per dm? is.

Number of moles

Molar Conecentration = -
Volume in dm3

c=02mol _ ;5 ol dm?

1 dm?3

Volume

Mass

Molar mass Molar Volume

Number
of
moles

No. of particles

Avogadro’s no.




Sample Problem 4.10

Calculate the molar concentration of a substance containing 27.64 g of K,CO; dissolved
in 1 dm? of the given solution

Solution:
Mass of K,CO;,=27.64 g
Molar mass of K,CO; = 138.2 g mol"!

Given mass

Number of moles =
Molar mass

m
n =
M
_27.64
n =
138.2

Volume of solution = 1 dm?
Number of moles

Molar Concentration = -
Volume in dm3

c=02mol _ 5 ol dm?

1 dm3

Quick Check 4.4 A N

Calculate the molar concentration of-a solution,containing 7.9 g of KMnO, dissolved in 1 dm? of the
given solution. The molar mass of KMnO, is 158,g:mol .

4.6 STOICHIOMETRIC RELATIONSHIPS

The following types-of relationship can be studied with the help of a balanced chemical
equation involving quantities of reactant(s) and product(s).

i. Mole-Mole Relationship

ii. Mass-mass relationship

iii. Volume-Volume Relationship
iv. Mole-Mass Relationship

v. Mole-Volume Relationship
vi. Mass-Volume Relationship

To understand these relationships, we need to interpret information hidden in a balanced
chemical equation which is used to make stoichiometric calculations. For example:

Ny + 3Hy) —— 2NHy,,
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This equation can be described in different ways;

i. 1 mole of N, reacts with 3 moles of H, to form 2 moles of NH;

ii. 1 molecule of N, reacts with 3 molecules of H, to form 2 molecules of NH;.
iii. 22.4 dm? of N, reacts with 67.2 dm? of H, to form 44.8 dm? of NH,

iv. 28.0 g of N, react with 6 g of H, to form 34.0 g of NH,.

@§ Keep in Mind!

The following assumptions must be made while performing stoichiometric calculations:
1)  All the reactants are completely converted into the products.

2) Law of conservation of mass and law of definite proportions are obeyed.

3) No side reaction occurs.

APPROACH TO DO STOICHIOMETRIC CALCULATIONS

Mass of known solid or volume of a known gas, or melar concentration of known

solution

( Calculate number of moles form the mass of known solid or volume of a known gas, )

or molar concentration of known solution using-the relevant formula

v
(Find the ratio of the kno,w@d\ th§ L@()wn reactant or product from the balanced)

chemical equation
qaion_

A 4

(Calculate the number of moles of the unknown reactant or product using the relevant)
formula

Convert the number of moles of the unknown to mass, volume, or concentration of
the substance

Sample Problem 4.11 (Mole-Mole Conversion)

When 3.3 mol of nitrogen reacts with hydrogen to form ammonia, how many moles of
hydrogen are consumed in the process? The equation for this reaction is

Ny + 3Hy) ——> 2NHs,,




Solution:
Number of moles of N, = 3.3 mol
Number of moles of H, =?
1 mole of N, needs H, to produce NH; = 3 mol
3.6 moles of N, needs H, to produce NH; =3 % 3.3 =9.9 mol
Quick Check 4.5

How many moles of carbon dioxide are produced when 2.25 moles of glucose are used by a person? The
oxygen is in excess. The equation for the combustion of glucose is:

CeHyO4s) + 60y —————————> 6COy,, + 6H0,

Sample Problem 4.12 (Mass-Mass Conversion)

Calculate the mass of Al needed to react completely with 32.0 g-ofiron (I1I) oxide according
to the equation given below:

2Al + Fe,05) ———5 ALO;,, + 2Feg,

Solution:
Molar mass of Fe,05, M = 159.6 g mol"!
Number of moles of Fe,O; (n) = %
~ 320¢g
159.6 g mol!
=0.02 mol

From the balanced equation;,1' mol of Fe,O; reacts with 2 moles of Al, therefore,
number of moles of Al that reacts with 0.02 mole of Fe,O;=2x 0.02 =0.04 mol
Mass of A/ =nx M
= 0.04 mol x 27 g mol!

=1.08¢g
Quick Chétk 4.6

FeZO3, an ore of iron is called Hematite. CO can reduce it to get free Fe as below:

F6203(s)+3CO(g) —> 2Fe(s) + 3C02(g)

How much Fe can be produced from 160 g of Fe203?

Sample Problem 4.13 (Volume-Volume)

Calculate volume of ammonia that can be produced by the reaction of 100 dm? of hydrogen
with excess of nitrogen at STP. The balanced chemical equation for the reaction is:

Ny + 3Hy) ————> 2NH;(,




Solution:
Volume of hydrogen =100 dm?
Volume of ammonia =7
67.2 dm? (3 mol) of H, produce ammonia = 44.8 dm? (2 mol)
1 dm? of H, produce ammonia _ 448 _ 2
67.2 3
100 dm? of H, produce ammonia = % x 100 = 66.7 dm?

So, the volume of ammonia produced by the reaction of 100 dm?* of H, with excess nitrogen
is 66.7 dm?>.

Calculate the volume of carbon dioxide produced at STP when 4.5 dm? of ne is burnt by a person.
The oxygen is in excess. The equation for the reaction is:

CHy(g) + 20,35 2 COyg) + 2%&)

Sample Problem 4.14 (Mole-Mass calculations)

Solid lithium hydroxide LiOH is used in space vehicles. It is employed to remove exhaled
carbon dioxide from the living environment by.forming solid lithium carbonate and liquid
water. Calculate the mass of Li,CO5 that-can be produced by 20.0 mol of LiOH.

2LiOH, | + COy “— Li,CO, +H,0,

Solution:
According to the given balanced chemical equation,
2 mol of LiOH produces =1 mol Li,CO;
20.0 mol of LiOH produces = % % 20.0 = 10.0 mol Li,CO4
Mass of Li,CO; produced = No. of mol x Molar mass
Mass of Li,€O; produced =10.0mol x73.9 g mol-1=739.0 g

Thus;.739.0 g Li,CO; will be produced from 20.0 mol of LiOH.

Calculate the mass of sodium hypochlorite (NaOCIl), a household bleach, produced by the reaction of 2.25
moles of chlorine with excess sodium hydroxide. The balanced equation is

2 NaOH, + Clyy) —> NaOClg,,, + NaCli,) + HyO ().

Sample Problem 4.15 (Mass-mole calculations)

Baking soda (NaHCO,) acts as an antacid. It can neutralize excess hydrochloric acid (HCI)
secreted by the stomach according to equation.

-




NaHCO;  +HCl  —> NaCl  +H,0, +CO,

How many moles of HCI will be neutralized by 2.1 g of baking soda

Solution:

Molar mass of NaHCO; = 84.0 g mol™!

Moles of NaHCO; = ——=1& 0,025 mol
84.0 g mol™!

Stoichiometrically, the mole ratio of HCl and NaHCO5 is 1 : 1.
Hence moles of HCI used = 0.025 mol
Thus 2.1 g of NaHCO; will neutralize 0.025 moles of HCI.

Sample Problem 4.16 (Mass-Volume Conversion)

What volume of hydrogen at STP will be produced when 7.0-g of iron are reacted with an
excess of sulphuric acid?

Solution:
Molar mass of Fe (M) = 55.8.g/mol
Number of moles of iron (n) = %
= 70¢g
55.8 gmol!
=0.125 mol

From the balanced equation, 1 mol of iron produces 1 mole of hydrogen.

So, number of molesof H, = 0.125 mol

Volume of H, in.dm? = molar volume x moles of H,
=22.4 dm3 mol! x 0.125 mol
=2.8 dm?

4.7 LIMITING AND EXCESS REACTANT

In many chemical processes, the quantities of the reactants are usually not present in the
proportions indicated by the balanced chemical equation. Frequently, a large amount of
inexpensive reactant is supplied because of the following reasons:

a. To ensure that whole of the mass of the expensive reactant is completely converted to
the desired product

b. To produce maximum amount of product

c. To increase the rate of reaction




We know that a large quantity of oxygen in a chemical reaction makes things burn more
rapidly. In this way, excess of oxygen is left behind at the end of reaction and the other
reactant, i.e. fuel, is consumed earlier. This reactant which is consumed earlier is called
the limiting reactant. In this way, the amount of product that forms is limited by the
reactant that is completely used. Once this reactant is consumed, the reaction stops and no
additional product is formed. The reactant which controls the amounts of products formed
in a chemical reaction and is consumed earlier is called the limiting reactant or reagent.
The maximum amount of the product formed depends upon the amount of limiting reactant in
the reaction mixture.

4.7.1 Strategy for the identification of limiting reactant:

To identify a limiting reactant, the following three steps are performed.

i. Calculate the number of moles from the given amounts of reactants.

ii. Find out the number of moles of product with the help of a balanced chemical equation.

iii. Identify the reactant which produces the least amount of product as limiting reactant
and the other as an excess reactant.

@g@ Did You Know?

Fire is a combustion reaction in which fuel and-oxygen, O » combine, usually at high temperatures,
to form water and carbon dioxide. Once the fire has/started, itisself-supporting. An effective way to
quench a fire is smothering, which reduces the amount of available oxygen below the level needed to
support combustion. In other words, smothering decreases the amount of the excess reactant. Foams,
inert gas, and CO , are effective substances for smothering.

Following numerical problém will make. the idea clear.

Sample Problem 4.17 (Limiting Reactant)

Calculate the mass of N, produced from 1.81 g of NH, (molar mass = 17.0 g mol") and
90.4 g of CuO (molar mass = 79.5 g mol!) according to following balanced equation:

+ SN + +
2NH3(g) 3CuO(S) N2(g) 3Cu(s) 3H20(g)

Solution:
18.1 g of NH;4
Moles of NH, = =1.06 mol
3 17.0 g mol!
90.4g of CuO
Moles of CuO = =1.14 mol
79.5 g mol”!
In balanced equation, CuO : N,
3 1
114 : —L % 1.14=038 mol
NH; : N,

-




2 1
-
2
1.06 : —— % 1.06=0.53 mol

Thus, CuO is the limiting reactant and the number of moles of N, produced will be 0.38
mol.

Hence, mass of N, produced =n x M
=0.38 mol x 17.0 g mol!
=90¢g
Sample Problem 4.18 (Limiting Reactant)

When aqueous solutions of Na,SO, and Pb(NO,), are mixed, PbSO, precipitates down.
Calculate the mass of PbSO, formed when 1.25 dm? of 0.05 mol'dm Pb(NO;), and 2.00
dm? of 0.025 mol dm™ Na,SO, are mixed.

Na,SOyq) T PO(NO3)ypqy — > PbSOy, +2NaNO;
Solution:
The net ionic equation is
Pb™q) + SO, 2y = PBSO,
Since 0.05 mol dm= Pb(NOs), contains 0.05 mol,dm™ Pb?" ions.
No. of moles = Concentration (mol.dm ) x Volume (dm?)
n=CV
moles of Pb2* ions = 0.05(mol dnr3% .25 dm’ = 0.0625 mol
moles of SO4'2 ions = 0,025 mol dm- x 2.00 dm’= 0.05 mol

As Pb?" and SO ;2 react’in a 1 : 1 ratio, here, SO, (0.05 mol) will be consumed earlier
than Pb?* (0.0625 mol). The amount of SO“‘2 will be limiting. The reason is that 0.05 mole
of SO"‘2 is less'‘than 0.0625 mole of Pb?*. Since the Pb>" ions are present in excess, only
0.05 mole of solid PbSO, will be formed. The mass of PbSO, formed can be calculated
using the molar mass of PbSO, (303.3 g mol!):

Mass of PbSO, = 0.05 mol x 303.3 g mol'= 152 g

4.7.2 Amount of Product and Unreacted Excess Reagent

The reactants which are in larger amounts (according to stoichiometry of reaction) and
remain unreacted at the end of the reaction are called “excess reagents” (or excess reactants).

Consider the reaction between hydrogen and oxygen to form water.

2Hy(g) + Oyg) —> 2H,0(,
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e  When we take 2 moles of hydrogen (4 g) and allow it to react with 2 moles of oxygen
(64 g), then we will get only 2 moles (36 g) of water. Actually, we will get 2 moles
(36 g) of water because 2 moles (4 g) of hydrogen react with 1 mole (32 g) of oxygen
according to the balanced equation.

e  When 1 mole of O, and 1 mole of H, are mixed, all the H, will react completely and
O, will be left unreacted because for 1 mole of H,, mole of O, is required. The

remaining mole will be excess.

Sample Problem 4.19 (Excess Reactant)

Natural gas consists primarily of methane (CH,). The complete combustion of methane
(CH,) gives carbon dioxide (CO,) and water.

Ignition
CH,y 120,y —— CO

+2H,0

2(g) (€3]

a) How many grams of CO, can be produced when 30 g of CH, and 50 g of O, are allowed
to combine?

b) How many grams of excess reagent are left unreacted after the completion of reaction?
Solution (a):
Step 1: Write balanced chemical equation.

Step 2: Convert the given mass of both.the reactants into their moles.

Molesof CH,= giyeqmassof CHy__ 30g —=1.875mol
molarmassof CH, 16gmol

givenmassof O, 50g
0,= =

Molesof =1.563mol

molarmassof O, 32gmol”
Step 3: Calculate the number of moles of product from each reactant.

Compare the number of moles of CH, with those of CO,. From the balanced chemical
equation.

1 mol'ef methane produces CO, = 1mol
1.875 mol of methane produces CO, = 1x1.875 mol = 1.875 mol of CO,

Compare the number of moles of O, with those of CO,. From the balanced chemical
equation, we know:

2 mol of oxygen produces CO, = 1 mol
1.563 mol of oxygen produce CO, = 0.5 x 1.563 mol = 0.7815 mol of CO,

From the above calculation, it is clear that the limiting reactant is O, because it produces
lesser amount (moles) of product (CO,) than CH,.

Step 4: Convert the moles of the product into mass.




Mass of CO, in grams = Moles of CO, x Molar mass of CO,
=0.7815 mol x 44 g mol'=34.39 ¢

Step 5: The quantity of limiting reactant can also be used to calculate the quantity of
excess reactant used:

2 mol of O, reacts with moles of CH, =1 mol
1.563 mol of O, reacts with mol of CH,= %x1.563m01= 0.7815 mol

Step 6: The mass of methane (excess reagent) is equal to the starting quantity minus the
amount used during the reaction.

Number of moles of CH, in excess = Quantity taken — Quantity used
=1.875 mol - 0.7815 mol =1.0935 mol
Excess mass of CH, (excess reagent) =1.0935x160=175¢

Quick Check 4.9 X

Which of the following reaction mixtures could produce the ‘greatest amount of product when they
combine according to the reaction given below?

Nag + 3Hyq == 2NH,
a) 1 mole of N, and 3 moles of H,
b) 2 moles of N, and 3 moles of H,
¢) 1 mole of N, and 5 moles of H,
d) 3 moles of N, and 3 moles of H,

e) Each produces the same amount-efiproduct.

4.8 THEORETICAL YIELD AND ACTUAL YIELD

The amount of the products obtained in a chemical reaction is called the actual yield of
that reaction. The"amount of the products calculated from the balanced chemical equation
represents the(theoretical yield. The theoretical yield is the maximum amount of the
product that-can be produced by a given amount of a reactant, according to balanced
chemical equation.

In most chemical reactions the amount of the product obtained is less than the theoretical yield.
There are following reasons for that:

e The processes like filtration, separation by distillation, separation by a separating
funnel, washing, drying and crystallization, if not properly carried out, decrease the
actual yield.

e  Some of the reactants might take part in a competing side reaction and reduce the
amount of the desired product. So, in most of the reactions the actual yield is less than

the theoretical yield.
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e A reaction may be reversible. Therefore, the amount of the product will be reduced by
the backward reaction
A chemist is usually interested in the efficiency of a reaction. The efficiency of a reaction
is expressed by comparing the actual and theoretical yields in the form of percentage (%)
yield. Actual yield
[ . —
7o Yield Theoretical yield

x 100

Greater the % age yield, higher will be the efficiency of reaction and vice versa.

Sample Problem 4.20 (% age Yield)

Aspirin (C9H804) is prepared by heating salicylic acid, C7H 6O3 (molar mass.138.12 g mol!)
and acetic anhydride, C,H O, (molar mass 163.93 g mol!).

CHOsp + CHOy ) —— C9H304(s) + GH,€00H

Calculate the theoretical yield of aspirin, (molar mass 180.16 gimol-") when 3.00 g of salicylic
acid is heated with 6.00 g of C H O,. What is % yield when actual yield is 3.15 g?

Solution:
C,HO; + CH,0;, — C¢HO, + CH;COOH
Salicylic acid  Acetic anhydride Aspirin
1 mol 1 mol 1, mol
138.12 g 16393 g 180.16 g
1 mol of salicylic acid produces aspirin = 1 mol
Mass of salicylic acid =3.00¢g
300 g
Number of moles of salicylic acid = — =0.022 mol
138.12 g mol™!
Mass of acetic. anhydride =6.00g
) ) 6.00 g
Number of moles of acetic anhydride = ————  =0.037 mol

163.93 g mol™!

Here, salicylic acid is limiting reactant while acetic anhydride is an excess reactant. The
amount of salicylic controls the yield of product i.e., aspirin.

0.022 mol of salicylic acid produces aspirin = 0.022 mol
0.022 mol Salicylic acid produces Aspirin =0.022 mol
Mass of Aspirin=0.021 mol x 180.16 gmol!  =3.96 g

Theoretical yield = 3.96

Actual yield =2.85
2.85

" 73.96 x 100

% age yield =71.97 %




Quick Check 4.10

When limestone (CaCO3) is roasted, quicklime (CaO) is produced according to the following equation.
CaCO; ) ——» CaO, + CO,,

The actual yield of CaO is 2.5 kg, when 4.5 kg of limestone is roasted. What is the percentage yield of
this reaction?

4.9 IMPORTANCE OF STOICHIOMETRY IN PRODUCTION
AND DOSAGE OF MEDICINE

While preparing required dose of a medicine, the optimum amount of the active ingredient
in a medicine is essential to produce desired effects in the patient. Stoichiometry ensures
the accuracy of drug synthesis. Any deviation can result in incomplete reaction or
contamination with un-reacted reactants or by-products. Stoichiometry allows chemists to
precisely control chemical reactions to produce drugs, to ensure its efficiency, effectiveness
and safe use.

4.9.1 Significance of Stoichiometry in Medicine

Stoichiometry is very important in the field of medicine and is used:

1. In the preparation of antibiotics, the stoichiometry ensures that each dose matches the
active ingredient and target bacteria.

2. To determine the cholesterol level in'the.blood of patients. Cholesterol is a form of fat
that is not all bad. However, cholesterol can-have harmful effects.

3. To determine the glucose level in-the blood-of diabetic patient. Use of insulin relies on
the stoichiometry to precise.control of blood sugar levels.

4. To determine the steroid and other stimulants in the urine of athletes. Athletes use
steroids and other, stimulants to enhance performance and increase strength.

5. To determine.the concentration of viral antigens in the preparation of vaccine for
effective results.

6. To determine the amount and number of drugs to give a dosage to a patient. The
medicine has no effect when given in small amounts and can cause toxic state or death

when given in large amounts. Paracetamol is used as a pain killer and to decrease fever.

An overdose may result a blood thinning, organ damage and severe liver damage.
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EXERCISE

MULTIPLE CHOICE QUESTIONS

Q.1  Four choices are given for each question. Select the correct choice.

L

II.

Which one of the following statements is incorrect?

a) One mole of nitrogen gas contains Avogadro’s number of molecules
b) One mole of ozone gas contains Avogadro’s number of molecules

¢) One mole of ozone contains Avogadro’s number of O atoms

d) One mole of hydrogen gas contains Avogadro’s number of molecules
Which one of the following has greatest mass?

a) 0.5 mol of N, b) 0.5 mol'ofNH;

¢) 0.5 mol of He d) 0.5 mol of CO,

II1. Which one of the following gases will havegreatest volume at STP?

IV.

VI.

a) 22gofCO, b), 88 g of N,O
c) 28 gof CO d) 28gofN,

Which of the following contains same number of particles as present in 12 g of
carbon?

a) 28 g of iron (Atomic mass. of Fe =.56)

b) 48 g of magnesium‘(Atomic mass of Mg = 24)

¢) 32 gofS, molecules/(Atomicimass S = 32)

d) 40 g of carbon dioxide (molar mass of CO, = 44)
Volume at S.T.P. of 22 g of CO, is same as that of:

a) 2 gof hydrogen b) 8.5 gof NH,
c) 64-gof gaseous SO, d) 7gof CO

4.0 g of NaOH (molar mass 40 g mol'!) contains same number of sodium ions as
are present in:

a) 10.6 gof Na,CO,, (molar mass 106) b) 58.5 g of NaCl (molar mass 58.5)
c) 76 g NapSO4 (formula mass 142) d) 85gof NaNO, (molar mass 85)

VII. A container holds 0.5 moles of an ideal gas at STP. What is the volume of the gas

in dm3?
a) 11.2dm? b) 22.4 dm?
c) 44.8 dm? d) 12.2 dm?




VIII. A solution contains 4.0 g of sodium hydroxide (NaOH, molar mass = 40.0 g
mol™) in 250 cm? of solution. What is the molar concentration of this solution?

a) 0.10 mol dm™ b) 0.20 mol dm™
¢) 0.40 mol dm™ d) 0.80 mol dm™

IX. A solution contains 10.0 g of an unknown solute in 250 cm?® of solution. If the
molar concentration of the solution is 0.20 mol dm=, what is the molar mass of
the solute?

a) 50 g mol™ b) 100 g mol™
c) 200 g mol™ d) 400 g mol™

X. A sample of nitrogen gas (N,, molar mass = 28.0 g mol ') has amass of 14.0 g. How
many nitrogen atoms are present in this sample?

a) 3.01 x 10 atoms b) 6.02 x 10*-atoms
c) 1.20 x 10** atoms d) 2.40 x 10**atoms

XI. A gas has a density of 1.43 g dm™ at STP. What is the molar mass of the gas?
(Molar volume at STP = 22.4 dm? mol™)

a) 14.3 gmol™ (b) 22.4 gmol™
c) 32.0 gmol! (d) 64.0 g mol!

XII. A gas has a density of 1.96 g dm™ at STP (0 °C and 1.00 atm). What is its
molecular mass? (Molar volume at STP = 22.4 dm? mol™)

a) 11.2 g mol™ b) 22.4 g mol™

c) 44.0 gmol! d) 88.0 gmol™!
SHORT-ANSWERQUESTIONS
Q.2 Attempt the'following short-answer questions:
a) How is the concept of mole derived from Avogadro’s number?
b) Define the'following terms with one example in each case.

(a) Molar mass (b) Molar volume (c) Molar concentration

¢) What do you mean by molar volume of a gas? How Avogadro’s number is related with
molar volume?

d) 39 g of potassium and 56 g of iron have equal number of atoms in them. Justify.

e) 4g of He, 17 g of NH, and 64 g of SO, occupy separately the volumes of 22.414
dm? although the sizes and molecular masses of molecules of the three gases are very
different from each other. Explain.

f) Do you think that 1 mole of H, and 1 mole of NH; at 0 °C and 1 atm will have
Avogadro’s number of particles?

g) What is stoichiometry? Give the basic assumptions of stoichiometric calculations.
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g) What is a limiting reactant? How does it control the quantity of the product formed?

h) Differentiate theoretical and actual yields. How is the percentage yield of a reaction
calculated?

i) What are the factors which are mostly responsible for the low yield of the products in
chemical reactions?

DESCRIPTIVE QUESTIONS

Q3. Differentiate limiting and non-limiting reactants. How a limiting reactant is
determined from a balanced chemical equation and given data?

Q4. Differentiate actual and theoretical yields. Why the theoretical yieldis-always greater
than actual yield?

(NUMERICAL PROBLEMS)

Q.5 A solution of sodium hydroxide (NaOH) is prepared by-dissolving 2.00 g of solid
sodium hydroxide in water to make a final volume of 250 ¢cm?.

a) Determine the molar mass of sodium hydroxide:
b) Calculate the number of moles of sodium hydroxide used.
c) Calculate the concentration of the sodium hydroxide solution in mol dm™.

d) If more water is added to the above solution to.raise the volume of solution to 500
cm?, what would be the concentration'now?

Q.6 Ammonia gas (NH;) reacts with-oxygen gas (O,) according to the following balanced
equation:

ANHjg)t505g). = 4NO( T6H,0
In an experiment, 34.0-g of ammeonia is reacted with 96 g of oxygen.
a) Determine the limiting reactant.
b) Calculate thesmaximum mass of nitrogen monoxide (NO) that can be formed.

¢) Calculatethe mass of the excess reactant remaining after the reaction is complete.
(Relative-atomic masses: H= 1.0, N =14.0, O = 16.0)
Q.7 When iron(Ill) oxide (Fe,O5) reacts with carbon monoxide (CO) in a blast furnace,
iron metal (Fe) is produced according to the following equation:
Fe 054 + 3COy) — 2Fe() + 3CO,,,
If 1.00 kg of iron(IIl) oxide is reacted with excess carbon monoxide, and 650 g of
iron is obtained, what is the percentage yield of iron?(A,of O = 16.0, Fe = 55.8)
Q.8 1.5g of C,Hj is burnt in excess of O, to produce CO, and H,O. What volume of CO,
is produced at STP. 2C,H, + 70, —> 4CO, + 6H,0
Also calculate:

a) No. of molecules of solid CO, produced. b) No. of O, molecules reacted
¢) No. of CH bond of C2H6 are broken in this reaction.
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After studying this chapter, students will be able to:

Describe the physical properties of gases (including compressibility, ©xpandability, and
pressure exerted by gases). (Understanding)

Describe origin of pressure in terms of collisions between molecules and the walls of
container, Understand that ideal gas have zero partial volume:

State and use the ideal gas equation PV=nRT in Calculations including determination of
M.,. (Understanding)

Describe simple properties of liquids e.g., diffusion, compression, expansion, motion of
molecules, spaces between them, intermolecular forces and kinetic energy based on kinetic
molecular theory. (Understanding)

Describe types of intermolecular forces. (Understanding)

Explain the strength and applications of dipole=dipole forces, hydrogen bonding and
London forces. (Understanding)

Describe physical properties of liquids such.as evaporation, vapor pressure, boiling point,
viscosity and surface tension:(Understanding)

Apply the concept of hydrogen bonding to explain the properties of water (specifically
high surface tension, high specific heat, low vapor pressure, high heat of vaporization, and
high boiling point).(Application)

Define molar.heat of fusion and molar heat of vaporization. (Knowledge)

Describe how heat of fusion and heat of vaporization affect the particles that make up
mattet~(Understanding)

Outline the importance of heat of fusion in the study of glaciers and ice sheets (particularly
while studying polar ice caps). (Understanding)

Describe liquid crystals and give their uses in daily life. (Understanding)
Differentiate liquid crystals from pure liquids and crystalline solids. (Understanding)

Describe simple properties of solids e.g., compression, expansion, motion of molecules
inter-particle space, intermolecular forces and kinetic energy based on kinetic molecular
theory. (Understanding)

Differentiate between amorphous and crystalline solids. (Knowledge)

Describe properties of crystalline solids like geometrical shape, melting point, habit of a
crystal, cleavage, and crystal growth. (Understanding)




Matter exists in four states i.e., solid, liquid, gas and plasma. The simplest form of matter
is the gaseous state and most of matter around us is in the solid state. Liquids are less
common than solids, gases and plasmas. The reason is that the liquid state of any substance
can exist only within a relatively narrow range of temperature and pressure.

Let us look at the general properties of gases, liquids, and solids. Kinetic molecular theory
of gases can help us to understand their properties.

5.1 PROPERTIES OF GASES

i.  Gases do not have a definite shape and volume. The volume of a gas is the volume of
the container.

ii. Ideal gases have zero particle volume.

iii. The molecules of gases are widely separated from one another and most of the volume
of the gas is empty space (nearly 99.9%). That is why ‘gases can be compressed
easily. When sudden expansion of gases occurs coolingtakes place. It is called Joule-
Thomson effect.

iv. Pressure of a gas is due to the collisions of gas molecules with the walls of the container.

v. There are negligible intermolecular forces in ideal gases.

5.2 IDEAL GAS EQUATION

It is a matter of common observation that when external conditions of temperature and
pressure are changed, the volume of a given quantity of a gas is affected. The gas laws
describe the relationships between wolume ‘ofia’ given amount of gas and the prevailing
conditions of temperature and ptessure.

While describing Boyle’s and Charles’ laws, some of the variables are held constant during
the changes produced in-the-gases. According to Boyle’s law.

V e % (when ‘n’ and ‘T’ are held constant) ...... (1)

According to Charles’ law
Vo T (when ‘n’and ‘P’ are held constant).......... (2)

According to Avogadro’s law volume of the given gas at constant temperature and pressure
is directly proportional to the number of moles.

Von (when Pand T are held constant) ...... 3)

If we think for a moment that none of the variables are to be kept constant, then all the
above three relationships can be joined together as:

nT
V o P

nT
V = constant 5
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The constant suggested here is ‘R’ which is called Ideal gas constant. Its value is 0.0821 atm
dm? K-! mol ..

Hence V=R n_l;l“

PV=nRT ......... 4
Equation (4) is called the ideal gas equation.
Calculation of Relative Molecular Mass (M, ) of a Gas

Equation (4) can be employed to calculate the relative molecular mass of a gas whose P, T,
V and mass in grams are known. This is achieved by rearranging equation(4)

Putting n = in equation (4)
Where m= mass in g and M = molar mass of the gas
pv= mIRL . 5
R 5)
Now rearranging equation (5)
_ mRT
M= PV (6)

At molecular level, the molar mass becomes.relative molecular mass of a compound,

therefore, we can write
mRT
Mr = PV ......... (7)

Sample Problem 5.1

The volume of 134 g of a gas at -73°C undér 10 atm pressure is 5 dm?. Determine the
relative molecular mass of the gas.

Solution: The molecular mass of the gas can be calculated by using the formula:

mRT
PV

(134 g)(0.0821 atm dm? mol-! K-1)(200 K)
M j—
(10 atm)(5 dm?)
M= 44.g mol!

Therefore, the relative molecular mass of the gas is 44 amu.

M=

Quick Check 5.1
a) Explain why gases can be compressed easily?
b) What is Joule-Thomson effect?

¢) The volume of 84g of a gas is 8 dm> at -90 °C under 7 atm pressure. Calculate the relative
molecular mass of the gas.




5.3 PROPERTIES OF LIQUIDS

1. Liquids also diffuse like gases, however the rate of diffusion in liquids is much lower
than that in gases.

ii. There are little spaces among liquid molecules because of relatively stronger
intermolecular forces.

iii. Liquids are 10° times less 1 atm
compressible than gases, but

about 10 times more compressible 2 atm latm 2 atm
than solids. 1 ! L

iv. The molecules of a liquid are T T T
in constant random motion, but
their speed of movement is lower ) ]
than gases. Diffusion among the (é;rs) (éérs) ‘Water Water
miscible liquids is an evidence \ J \ J \____/ N
for the free motion of liquid (a) (a) (b) (b)
molecules.  Similarly, liquids (a) Volume of gas’is (b) Volume of a liquid
can flow because of the free reduced tochalf when changes by about 0.0045%
movement of their molecules. pressure-is doubled when pressure is doubled.

v. Liquids expand when their Figures5.1Effect of pressure on the volumes of gases and liquids.
temperature is increased.
However, this expansion is negligible.compared-to that in gases .

vi. According to kinetic molecular theory, molecules of a liquid are in constant motion,
therefore, they possess a certain amount of kinetic energy at any temperature. The K.E
of the molecules may increase or decrease by the rise or fall in temperature respectively.
For example, a liquiddis, converted into a solid by decreasing its kinetic energy (on
cooling) and converted into vapour by increasing kinetic energy (on heating)

54 INTERMOLECULAR FORCES

The intermolecular forces among the molecules of a liquid are reasonably stronger. Three
types of such-forces are mentioned here.

i. Instantaneous dipole-induced dipole forces (id-id)

ii. Permanent dipole-permanent dipole forces (pd-pd)

iii. Hydrogen bonding
5.4.1 Instantaneous dipole-induced dipole forces (id-id)

The creation of these forces is explained below:

Bromine is a liquid under ordinary conditions, but very volatile and gives dense fumes
even at room temperature. It shows that its molecules are attracted by weak forces that can
be easily broken. This force is actually London Dispersion Force. When two molecules
of bromine come close, the electron cloud of one molecule influences the moving electrons

-




of the other as in Figure 5.2. In this way, the electrons of one molecule are pushed away
while its nucleus is attracted by the electrons of the nearby molecule. As a result, this
molecule becomes a dipole at any instant, which is called an instantaneous dipole. This
molecule then disturbs the electron density of the molecule next to it and induces a polarity
in it. A temporary dipole created due to the instantaneous dipole is called the induced
dipole. A force of attraction develops between these two dipoles that holds them together
temporarily. The momentary force of attraction between an instantaneous dipole and an
induced dipole is called instantaneous dipole-induced dipole force.

&+ o— .
This molecule has This molecule does not
an instantaneous - yet have a dipole, but
dipole its electrons are being

repelled by the dipole

' next to it....
5+ o— S+ 5—
..amaking it become a
dipole which is attracted

to the dipole next to it.
Figure 5.2 Creation of instantaneous/dipole-induced dipole force

These are only forces that exist among the molecules of non-polar compounds. The strength
of these forces depend upon the following factors

i. Molecular mass and size:

When the molecular mass (M,) of .a compound-is greater, the id-id forces are stronger
and vice versa. This is because in a-larger atom or molecule the dispersion of electronic
cloud and polarisation is relatively easier.This factor operates in the halogen and noble
gas families. The physical state changes-in the halogen family from top to bottom due to
the increase in size and polarizability.‘The first two members in the halogen family (F, and
Cl,) are gases, but bromine is a liquid and iodine a solid (b.p. =458 K). The boiling points
of noble gases in group 18 also increase from helium (He) to xenon (Xe) as in Table 5.1.

Table 5.1 Molar masses and boiling points of group 17 and 18 of periodic table.

17 ‘M}lecular Boiling points 18 Molecular Boiling points
(VII-A) | Mass (K) VIII mass K)
F, 38 85 He 4.003 4.22
Cl, 71 239 Ne 20.18 27.1
Br, 159 333 Ar 39.95 87.3
I, 253.8 458 Kr 83.8 120
Xe 131.3 165

il. Surface Area (shape of molecule)

A molecule with larger surface area has higher number of contacts for a nearby molecule.
Thus the forces among the molecules of a compound having larger surface area are stronger.
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Consider saturated hydrocarbons. These have chains of carbon atoms linked with hydrogen
atoms. Compare the length of the chains in C,Hy and CH,,. They have the boiling points
—88.6°C and 68.7°C, respectively. It is evident that the molecules with larger chain length
experiences stronger attractive forces. The reason is that longer molecules have more
places along the length where they can be attracted to other molecules.

Three isomers of pentane have the same relative molecular mass (M,), however, they differ
in their surface areas. Straight chain pentane has largest surface area and so is its boiling
point is the highest among the three isomers of pentane. 2-Methylbutane (Isopentane) has
smaller surface area than n-pentane but larger than 2,2-Dimethylpropane (Neopentane).
Therefore, the forces among 2-Methylbutane molecules are intermediate and the least
strong forces occur in 2,2-Dimethylpropane. The isomers of pentane-along with their
boiling points are given in Figure 5.3.

H, H, )\ -
He” ¢ cH, H,C ¢ o “HC CH;
Hz H2 H3
pentane 2-Methylbutane 2,2-Dimethylpropane
(n-pentane) (iso-pentane) (neo-pentane)
36.2 °C 28.°C 9.5°C

Figure 5.3 The three isomers of pentane have'different strucfures; surface areas and intermolecular forces

5.4.2 Permanent dipole-permanenti{dipole forces (pd-pd)

The force of attraction between the positive

end of a polar molecule and.the negative‘end of c 'e
a nearby polar molecule “is called permanent :
dipole-permanent dipole force. Whenever the
HCI1 molecules are“close to each other (as in

liquid state), they tend to line up as in Figure
5.4. Similar type of forces is present among the

molecules of chloroform (CHCL,). Cl \ 5
The molecule of chloroform has a positive center Cl— —-H-'"""--CI—C H
at the H atom and the negative center on the end le le

with Cl atoms. Figure 5.4 Permanent dipole-permanent dipole

forces in HCI and chloroform

Quick Check 5.2

a) To improve the quality of gasoline(petrol), straight chain hydrocarbons in the gasoline fraction
of petroleum are converted to branched chain ones. What could be the possible reason?

b) Which forces are present among the molecules of the following substances? CCl,, SiF,

¢) Differentiate id-id and pd-pd forces with examples.




5.4.3 Hydrogen Bonding

Hydrogen bond is a special type of dipole-dipole force. It is the strongest force among
intermolecular forces, but is weaker than all the major types of bond, i.e. ionic, metallic,
and covalent bonds. A hydrogen bond is formed when the following conditions are fulfilled:

i.  The hydrogen atom is connected to a highly electronegative atom, such as F, O, or N
ii. The electronegative atom must have a lone pair of electrons on it.

The covalent bond between a highly electronegative atom and hydrogen is highly polarized.
It means the hydrogen atom carries a sufficient 5+ charge and the electronegative atom o-
charge. The presence of lone pair on the electronegative atoms allows the partial positively
charged hydrogen atom to make a bond with F, O, or N called a hydrogen bond. This bond
is represented by a dotted line (...) and its strength is one tenth of an ordinary covalent
bond. The number of hydrogen bonds a molecule can form on average depends on:

e The number of hydrogen atoms bonded to the electronegative atom

e The number of lone pairs present on F, O, or N

A water molecul'e contains two hydrogen a}toms 5 /O\ 5 57 NS
and two lone pairs on oxygen. Therefore, it can . H H / &

form two bonds on average. This is why water “. ,.\\\

molecules are extensively hydrogen bonded with ' Os

one another. This unique feature is responsible oA I§I/ \H&

for. its characteristic properties, e.g. high boilipg H \% \\\\\ 7 /), 8 _ T
point of water (100 °C). The water/molecules in | |

liquid form are arranged three dimensionally-as H6+ He
shown in Figure 5.5. This bonding acts ‘as a

bridge between two electronegative: oxygen Figure 5.5 Hydrogen bonding in water
atoms.

On the other hand, ammonia can form only one hydrogen bond per molecule despite having
three hydrogen atoms. This is due to the availability of only one lone pair on the N atom as
shown in Figure 5.6. The hydrogen bonding in liquid ammonia is much weaker than water.
This is whyits boiling point is much lower (-33°C). HF is even more distinct than water

and ammonia. It has three lone pairs Hydrogen bontd 3"
. s Covalenl buond ) \H
on the F atom which allows it to form ovadent bows s F N \15?
three H-bonds. However, it has only H” " ), 5F’ "
one H atom and due to this reason, it is &- e
restricted to form only one bond again. 6t/N\
. . H™ g 5
Nevertheless, its hydrogen bond is |§ ,
strong enough compared to NH;, which 7, .
owes to its high electronegativity. Thus, 5-:: E‘
its b.p (19.9°C) is much higher than H by g
ammonia (—33.5°C). H

Figure 5.6 Hydrogen bonding in NH, and HF




5.4.4 Influence of Hydrogen Bonding on the Properties of Water
i. Structure and low density of ice

The molecules of water have tetrahedral structure. Two lone pairs of electrons on oxygen
atom occupy two corners of the tetrahedron. When the temperature of water is decreased
and ice is formed, the molecules become more regular and this regularity extends
throughout the whole structure. Empty spaces are created in the extensively hydrogen-
bonded structure as shown in the following diagram Figure 5.7. This is why, when water
freezes, it occupies 9% more space and its density decreases. For this reason, ice floats on
water. Due to this so called anomalous behavior of ice, the fish and other living creatures
survive under the frozen lakes and oceans. The ice blanket covers the water surface due to

its low density and the water beneath is insulated from the environment.
2 |

Figure 5.7 Extensive hydrogen bonding Thig part of a glacier is floating on the
in ice and spaces among molecules surface due to low density of ice

ii. High Heat Capacity

Water has a high specific heat capacity (4.18.J/g°C). This is due to its unique molecular
structure which allows strong-hydrogen-bonds. Due to the high heat capacity of water, it
can absorb and release a large amount.of heat with small temperature changes.

iii. Anomalous heat of vaporization and boiling point

The general trend of enthalpy change of vaporization of group 16 hydrides is a regular

increase from H,S+to H,Po Figure 5.8. This is because the molecules of these compounds
are bonded by weak London dispersion forces.

50 Enthalpies of vaporization of 16 hydrides 110 7 Boiling Points of gropu 10 hydrides
- H,0 85
g 40- 604
=
_a _ 354
g ©
'g 304 ;’— 10
5 m
i -15 4
o
>
£ 204 40
£ H,S
= e
5 -65 :

H,S
10 -90
At. No. of Element At. No. of Element

Figure 5.8 A graphical expression of variation in enthalpy of vaporization and B.Ps of group 16 hydrides
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With the increasing atomic size down the group, from S to Po, the van der Waals forces
also become stronger. If water had followed this trend, the heat of vaporization of water
would be the lowest among the group members. However, water has the highest enthalpy
change of vaporization (41 kJ mol") in the group. This is because water is exceptionally
hydrogen bonded, which makes it difficult to break forces among water molecules and
vaporize it. The boiling point of water is also remarkably higher than the rest of group 16
hydrides. Simply, the energy required to break the water molecules apart is very high due
to the extensive hydrogen bonding in it. It needs high temperatures to provide so much
energy as to boil water into its vapour.

iv. Surface tension and viscosity

The surface tension and viscosity of water are also very high. Surface tension is a downward
pull of water molecules at the surface, making the water surface stretched and strained.
This downward pull is due to the attraction of inner molecules through hydrogen bonds.

Viscosity is the resistance by a liquid to its flow. Water has higher viscosity than many of
liquids including lower hydrocarbons and alcohols (e.g. hexane and ethanol). The high
viscosity of water is also due to strong hydrogen bonds among the molecules. Alcohols can
make hydrogen bonds, but the strength and extent of hydrogen bonding is far less than that
in water. Hydrocarbons lack the ability to make‘the hydrogen bond.

Quick Check 5.3 »20V O
a) Can the CHF, molecule make a hydrogen bond? Explain why or why not?

b) Show a hydrogen bond between two melecules.of ethanol (CH,CH,OH).

¢) Describe which forces are present in the following and arrange them in increasing order of
boiling point.

i. CH,CH,CH, ii. GHyCH,OH iii. CH;CH,CI
d) The boiling point difference in eagh.of the following pairs is given
i. CH,CH; (-89 °C)yand CH,OH (65 °C), difference = 154 °C
ii. CH,;CH,CH,CHy/(0 °C) and CH,CH,CH,OH (97 °C), difference =97 °C
Explain why,the difference decreases as the size of the molecules increases.

e) Molecules of ethanoic acid (acetic acid) exist in the form of dimers in pure form but not in
aqueous. solution. How hydrogen bond can explain this?

5.5 SURFACE TENSION OF LIQUIDS

Surface tension is a property of liquids which depends upon the
strength of intermolecular forces. The molecules located at the
free surface of the liquid are pulled inward by the molecules
below the surface of the liquid. This downward pull tends to
contract the surface of the liquid.

Molecules at the surface experience a net force inward due to
intermolecular forces, leading to a "skin" on the surface. Liquids
tend to minimize their surface area due to surface tension, which
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explains why droplets form spheres. Surface tension influences various phenomena, such
as, capillary action, wetting of surfaces and formation of droplets and bubbles.

Factors Affecting Surface Tension

i) Temperature: Surface tension typically
decreases with increasing temperature.

ii) Intermolecular forces: Stronger
intermolecular forces lead to higher surface
tension.

Mosquitos can float-omsurface on water
due to high'surface tension

Table 5.2 Surface tension of some liquids at 20-2C*in Nm™!

Surface ~ Surface
Sr. No. Liquid tension ;Z ?Yiiquid tension
(103 Nm™) A (103 Nm™)
1 Water H,O 72.75 4 Acetone (CH;),CO 23.70
Ethyl alcohol
2 CH;CH,OH 22.75 3 Benzene C¢Hg 28.85
Methyl alcohol Carbon
3 CH;0OH Al Q tetrachloride CCly 26.95

5.6 VISCOSITY OF LIQUIDS

Viscosity is a measure of a-liquid’s resistance to flow. It is a property that describes the
thickness or stickiness of'a liquid. Liquids with higher viscosity are thicker and offer more
resistance to flow. While those with lower viscosity are thinner and are less resistant to
flow. For example, honey is more viscous than water. Stronger intermolecular forces result
in higher viscosity. Viscosity decreases with rise in temperature.

5.6.1 Factors affecting viscosity:
The factors affecting viscosity are as follows:

i. An increase of temperature increases the average kinetic energy of molecules. This
allows the molecules to overcome the attractive forces. This lowers the viscosity.

ii. The stronger the intermolecular forces, the greater the viscosity of liquids because
liquid molecules cannot move around each other freely, so the resistance to flow
increases.




Quick Check 5.4
a) Arrange the following liquids in increasing order of surface tension, give reason:
Acetone (CH,COCH,), ethanol (C,H;OH), methoxy methane (dimethyl ether, CH;OCHs,)

b) Why do you think tetracholro methane (carbon tetrachloride, CCl,) has higher viscosity
than chlroform (CHCI,) but less than ethanol (C,H;OH)?

¢) The viscosity of honey is higher than water, explain why.

d) Which of the following is more viscous: glycerine (CH,OHCHOHCH,OH) or hexane
(C¢Hg)? Why?

5.7 EVAPORATION

Evaporation is the spontaneous conversion of a liquid into vapour at afiyjtémperature.

When high energy molecules leave the liquid and low energy molecules are left behind,
the temperature of the liquid falls. The heat moves from the surrounding to the liquid and
then the temperature of the surrounding also falls. This phenomenon helps to understand
that evaporation causes cooling.

A person after bath feels a sense of cooling due to_evaporation of water from his body
when exposed to air. The molecules of H,O take away the energy of body. Earthenware
vessels keep water cooler under the same phenomenon. Earthenware vessels are porous.

The water molecules having sufficient K'E to”overcome inter molecular forces come
out of these pores and evaporate. This process of evaporation keeps on taking place and
energy required for this process comes from the liquid. Thus, the average K.E of remaining
water molecules decreases which results in decrease in temperature of the liquid. Hence,
earthenware vessels keep water cool.

5.8 VAPOUR PRESSURE

The molecules of a liquid which leave the open surface are mixed up with air above the
liquid. If the vessel is\open these molecules go on leaving the surface of liquid. But if we
close the system the molecules of liquid start gathering above the surface. These molecules
collide with the-walls of the container, and also with the surface of the liquid as well. There
are chances.thatthese molecules are recaptured by the surface of liquid. This process is
called condensation. The two processes, i.e., evaporation and condensation continue till
a stage reaches when the rate of evaporation becomes equal to the rate of condensation
Figure 5.9.

The pressure exerted by the liquid vapour in equilibrium with its liquid at a given

temperature is called vapour pressure. .
evaporation
Liquid ————= Vapour
condensation

The magnitude of vapour pressure does not depend upon the amount of liquid in the
container or the volume of container. It does not depend on surface area of a liquid. The
larger surface area presents a larger target for returning the molecules, so the rate of
condensation also increases.




The vapour pressure of liquids having stronger intermolecular forces are lower and vice
versa. with increase in temperature, the vapour pressure of a liquid also increases.

Vacuum Vapour Vapour

SRR SRRy

Figure. 5.9 Attainment of equilibrium when the evaporation of liquid is carried out in @n‘eVacuated closed vessel.
(a) Initial state, with evacuated space above the liquid, (b) intermediate state, and (¢) equilibrium state, when the
rate of evaporation is equal to the rate of condensation.

Quick Check 5.5 x<d’
a) Which of the liquids in each of the following pairs has a higher vapour pressure?
1)  Alcohol, glycerine ii)  Petrol, kerosene, i)  Mercury, water
b) Which one in each of the following pairs is mere viscous: Glycerine or kerosene?

¢) Separate portions of acetone and water at'the.same temperature are poured on your hands.
Acetone feels colder. Account for this.in terms of attractive forces.

d) Why evaporation gets faster at higher temperatures?
e) Why do we feel cool near the bank of a river?

5.9 BOILING POINT

Normal boiling points

When a li.quid is‘heated, its vapour pressure o / —

goes on increasing. A'stage reaches when R \ \

the vapour pressure of the liquid becomes .

equal to the ‘atmospheric or external o| 600| el /Etrpiatcorto Wter

pressure. At this temperature the liquid 21 400 (ettpnol

starts boiling. The reason for this is that the o /

bubbles of vapour which are formed in the &| 200 /

. . . . . = Ethylerje

interior of the liquid have greater internal / glyco] _
h heri h B el N B e

pressure than atmospheric pressure on the —

0 20 40 60 80 100
Temperature ——p

surface of liquid. This makes the bubbles
to come out of the liquid and burst at the
surface. A constant stream of bubbles
comes out at the boiling point of the liquid.

Figure 5.10 Vapour pressures (torr) of four common
liquids shown as a function of temperature.

When a liquid is heated, the kinetic energy of its molecules increases. This causes the
increase of the temperature. At the boiling point, the kinetic energy of the molecules
becomes maximum. Any further heating at this stage will not increase the temperature.




This further heating is utilized to break the intermolecular forces and convert the liquid
into its vapour. The boiling points of some commonly available liquids at one atmospheric
pressure are shown in the Table 5.3.

The Figure 5.10 shows the variation of vapour pressure of water, ethyl alcohol, ethylene
glycol and diethyl ether with temperature. The graphs show that the liquids reach upto
their boiling points when their vapour pressures are equal to 760 torr at sea level.

5.9.1 Factors affecting boiling points of liquids

The boiling point of a liquid is affected by the factors given below.
1) Strength of intermolecular forces
Stronger the intermolecular forces, lower will be the vapour pressure and higher will be the

boiling point. Higher boiling point of H,O indicates stronger intermolecular forces than
that of ethanol and methanol, Table 5.3.

Table 5.3 Boiling points of some common liquids at 760 torr (1 atm.)

Liquids | Formula | B.P(°C) Liquids - | Formula | B.P (°C)
Acetic acid | CH;COOH | 118.50 Carbon tetrachloride CCl, 76.50
Acetone CH;COCH; | 56.00 Ethanol C,H;OH |78.30
Benzene Ce¢Hs 80.15 Naphthalene CioHg 218.00
Carbon CS, 46.30 Water H,O 100.00
disulphide

2) External pressure

As already explained that when vapour pressure of a liquid becomes equal to the external
pressure then the liquid boils. It means that'when external pressure is changed, its boiling
point will also change. When the «external pressure is high the liquid requires greater
amount of heat to equalize-its vapour pressure to external pressure. In this way boiling
point is raised. Similarly, at a lower external pressure a liquid absorbs less amount of heat
and it boils at a lower temperature.

For example, water shows B.P of 120°C at 1489 torr pressure and boils at 25°C at 23.7 torr.
Water boils-at 98°C at Murree hills due to external pressure of 700 torr while at the top of
Mount Everest water boils at only 69°C at 323 torr.

We can increase the external pressure artificially on the surface of boiling water by using a
pressure cooker. Pressure cooker is a closed container. The vapour of water formed is not
allowed to escape. In this way, it exerts more pressure on the water surface in the cooker
and the boiling temperature increases. As more heat is absorbed in water, so food is cooked
quickly under increased pressure.




Quick Check 5.6
a) Why food cooking is difficult in the areas with high altitudes?
b) The food cooks faster in the pressure cooker, explain.

¢) Why the boiling point of water (100 °C) is higher than that of ethanol (78 °C), although
both have hydrogen bonds?

5.10 ENERGETICS OF PHASE CHANGES

Whenever, matter undergoes a physical change, it is always accompanied by an energy
change. This change in energy is the quantitative measurement of the.difference in the
strength of intermolecular forces.

Molar heat of fusion (AHjy)

The amount of heat absorbed by one mole of a solid to melt itinto’the liquid at its melting
point at 1 atmospheric pressure is called molar heat of fusion:

H2O(S) —_—> Hzo(l) AH;=4:6kJ mol™!

Heat of fusion plays a significant role in the study of glaciers and ice sheets. Heat of
fusion determines the energy required for ice to melt. As water has high heat of fusion, ice
requires a lot of energy to melt. Due to thelow-melting; glaciers gather mass which limits
their flow. Also, it causes accumulation.of ice’on the earth poles, known as polar ice caps.
Polar ice caps are important in regulating the earth’s temperature by reflecting the sunlight.
These ice caps also help regulate sea levels by storing fresh water ice. Both the ice caps
and icebergs are stable due to the high heat of fusion of water. If the heat of fusion of water
were low, melting of glaciers.and ice caps‘would result in drastic changes in the sea and
earth’s ecosystems.

Molar heat of vaporization (AH,)

The amount of heat-absorbed by one mole of a liquid to convert it into one mole of vapour
at its boiling pointat 1 atmospheric pressure is called molar heat of vapourization.

The molar heats of vaporization depends upon the strength of intermolecular forces. When
one mole'H,O'is converted to vapour at 100°C, then heat absorbed is 40.6 kJ mol.
H,0, —> H,0 AH,=40.6kJ mol!

NH, and HCI only need 21.7 and 15.6 kJ mol~! respectively to become vapours at their
boiling points. This difference is due to the stronger intermolecular forces in water.

Effect of Molar heat of vaporization and fusion on matter particles

The molar heat of fusion and vaporization affect the particles that make up matter
by providing them with enough energy. Due to this, the particle move away from one
another and change the state of the substances from solids to liquids and liquids to gases
respectively. Particles gain more freedom to move and rotate in the liquid and gas phases.

-




5.11 SOLIDS

Solids are those substances which are rigid, hard, have definite shape and definite
volume. The atoms, ions and molecules that make up a solid are closely packed. They are
held together by strong cohesive forces. The constituent atoms, ions or molecules of solids
cannot move at random.

5.11.1 General Properties of Solids

i) Compression of solids

The atoms, molecules or ions of a solid substance are closely packed. The particles of
solids cannot move closer to each other unlike gases. It is true for metallic-solids that their
atoms are spherically symmetrical. So, when such particles are arranged, they can give
birth to hexagonal and cubic close-packed structures. Here outer boundaries of constituent
particles touch each other but due to their spherical shapes, they cannot occupy more than
74% space. It means the compression of solids is not possible.

ii) Expansion of solids

The expansion is the property in which spaces between.constituent particles are increased.
In case of solids the forces of attractions are so strong that increase of temperature hardly
affects their relative positions. The particles in a solid haye vibrational motions about their
mean positions. Increase in temperature of solids hardly increases their volume. No doubt,
there are parameters like coefficient of linear and cubic expansions of various solids, but
these are negligible as compared to liquids and gases.

iii) Motion of particles in solids

The constituent particles of @ solid do not undergo translatory motion and rotational
motion. They only vibrate about their'mean positions. These vibrations become more
intense at higher temperature.

iv) Inter-particle Space in solids

The interparticle spaces in solids are far less than liquids. This is due to the stronger forces
among their particles. Due to closely packed atoms, molecules, and ions, solids are mostly
hard, have high melting points and high stability.

v) Inter-particle forces in solids

In solids, the particles (atoms, ions, molecules) are held together by ionic, covalent,
metallic or van der Waals forces. These forces are strong enough to fix the particles at their
places thus allowing these particles to just vibrate about their mean positions.

vi) Kinetic energy based on KMT

Kinetic energy is due to the motion of constituent particles of a solid. Solid particles have
only vibratory motion and they do not have translational or rotational motion. Therefore,
the only kinetic energy that solids possess is vibrational kinetic energy.




5.12 TYPES OF SOLIDS

There are two types of solids on the basis of the way their particles are arranged;
i.  Crystalline solids

ii. Amorphous solids.
5.12.1 Crystalline Solids
Crystal lattice

The regular arrangement of ions, atoms, or molecules in three dimensional space is called
the crystall lattice.

The solids which have definite regular and three dimensional geometric shapes are called
crystalline solids. For example, diamond, sodium chloride, ice, ete:

Properties of crystalline solids

i. Geometrical shape

All the crystalline solids have a definite, distinctive geometrical shape due to definite and
orderly arrangement of atoms, ions or molecules in three-dimensional space. For a given
crystal, the interfacial angles, at which the surfaces intersect, are always the same no
matter in which shape they are grown. The faces and angles remain characteristic even
when the material is ground to a fine powder:

ii. Melting points

Crystalline solids have sharp melting points:. They can be identified from their definite
melting points.

iii. Cleavage planes

Whenever the crystalline'solids are broken they do so along definite planes. These planes
are called the cleavage planes and they are inclined to one another at a particular angle
for a given crystalline solid. The value of this angle varies from one solid to another solid.

iv. Growing-of a crystal

When we have a saturated or super saturated solution of a crystalline material in a suitable
solvent, it can give us same types of crystals by arranging atoms, ions or molecules.
This happens through the process called growth of crystals. This can be done by slow
evaporation of the solvent or by seeding process from saturated solution.

For example, the solubility of sodium thiosulphate (Na,S,03) in water at 100°C is 231g/100
cm’. At room temperature, the solubility is 50 g / 100 cm?. In case, we have saturated
solution of Na,S,03 at 100°C, on cooling slowly no growth of crystal happens. It means
that super saturated solution is not in equilibrium with solid substance. Now, if small
crystal of Na,S,0j5 is added to super saturated solution, the crystallization happens rapidly.

-




v. Habit of a crystal

The shape of a crystal in which it usually grows is called habit of a crystal. If the conditions
for growing a crystal are maintained, then the shape of the crystal always remains the
same. If the conditions are changed the shape of the crystal may change. For example, a
cubic crystal of NaCl becomes needle like when 10% urea is present in its solution as an
impurity.

5.12.2 Amorphous solids

Amorphous solids, contrary to the crystalline solids, do not possess regular three
dimensional geometrical shapes. The examples of amorphous solids. are glass, wood,
amorphous sulphur (plastic sulphur), charcoal, coal, coke, etc.

Properties of amorphous solids:

i. The amorphous solids can have small regions where orderly arrangement of particles
is found, but they do not have long range of regularity. The regions where orderly
arrangement of particles is present are known as crystallites.

ii. Amorphous solids like glass melts over a wide temperature range.
iii. They can be molded and blown to form different shapes.

iv. Amorphous solids do not have definite value of heat of fusion.

Table 5.4 Comparison of.crystalline and amorphous solids.

Property Crystallinksohds L = Amorphous solids

1. Geometry of|Crystalline solids ‘show | Amorphous solids generally appear

solid characteristic geometrical | in lump or in a fine powder form.
shapes:

2. Melting of | Crystalline  solids  melt | Amorphous solids do not have sharp

solid sharply at their melting | melting points and they melt over a
points. range of temperature.

3. Directional | Crystalline solids are | Amorphous solids are isotropic.

character of ' the | anisotropic in nature. It means | Their properties do not depend upon

properties that their properties depend | the direction of measurement.

upon the direction along
which the measurements are
made.

4.  Order of|Crystalline solids have long- | In amorphous solids, long-range
particles in solid | range order. order is absent.

Quick Check 5.7
a) Why solids have very low compressibility and expansion?

b) What is meant by habit of a crystal?

¢) Why solids do not undergo translatory motion?




5.13 LIQUID CRYSTALS

We know that the distinction between liquids and solids is clear-cut. Moreover, the phase
transition between them is always sharply defined. However, at certain temperature, many
substances exist in a phase that is neither fully liquid nor fully solid. The molecules in
these substances can move around, as in viscous liquids, but have a restricted range of
motion, as in solids. These substances are called liquid crystals.

Crystalline solid ———— Cloudy liquid (liquid crystal) ——— Clear liquid

In most liquid crystals, the molecules have a rigid, rod-like shape with a length four to
eight times greater than their diameter. When packed together, the molecules tend to orient
with their long axes roughly parallel, like logs in a stack of firewood. Individual molecules
can migrate through the fluid. They can spin around their long axis, but they can’t rotate
end over end.

5.13.1 General properties of liquid crystals
The general properties of liquid crystals are as follows:

Liquid crystals:

i) have parallel ordered arrangement. ii) “are elongated, rod-like and linear
iil) flow like liquids iv) show viscosity like liquids.
v) show optical properties like crystals. vi) are'somewhat rigid.

vii) are always anisotropic.

5.13.2 Uses of liquid crystals.in daily life

The main application area. of liquid. crystals is in electro-optic devices. These are
electrically controlled devices that modulate light in a desired way. Liquid crystals have
many uses in daily life:

i) In diagnostics

Special liquid crystal devices can be used to diagnose the tumors and infections in the
human body. This is because often physical problems, such as tumors, have a different
temperature than the surrounding tissue. When cholesteric liquid crystals are applied to the
breast, a tumor is located because of being warmer than the other parts. This technique is
successfully applied to diagnose breast cancer in the early stage.

ii) Characteristic higher temperature determination

Liquid crystal temperature sensors can also be used to find faulty connections on a circuit
board by detecting the characteristic higher temperature. As temperature sensors, they are
used in thermometers.

iii) Liquid crystal displays (LCDs)

The most common application of liquid crystal technology is liquid crystal displays
(LCDs). LCDs are used in the screens of T.Vs, computers, mobiles, etc.

-




Quick Check 5.8
a) Name the properties of liquid crystals in which they resemble solids.
b) Mention the properties of liquid crystals in which they resemble liquids.

¢) Which property of liquid crystals make it possible to use them in temperature sensing
devices?

EXERCISE

MULTIPLE CHOICE QUESTIONS

Q.1  Four choices are given for each question. Selé¢t the correct choice.
I. London dispersion forces are the only forces present.among:

a) molecules of water in liquid state

b) atoms of helium in gaseous state at high temperature

¢) molecules of solid iodine

d) molecules of hydrogen chloride gas

II. When the vapour pressure of a‘liquid equals the external pressure, what
phenomenon occurs?

a) Sublimation b) Condensation
c) Boiling d) Freezing
II1. When water freezes at 0. 2C, its density decreases due to:
a) cubic structure ofice
b) empty spaces‘present in the structure of ice
¢) decrease in.volume
d) decrease in viscosity
IV. Which of following is the correct sequence of increasing AHy values of substances

mentioned?
a) HpO>NH3>F» b) F2 > NH3 > H2O
¢) NH3>H2O>F» d) HpO > Fp > NH3
V. Surface tension of a liquid is due to:
a) inward pull of surface molecules b) upward pull from the surface
¢) collision of molecules d) repulsive forces

VI. Which change of state involves overcoming only London dispersion forces?
a) Melting of ice (H20, — H20,)
b) Boiling of ethanol (CH:CH-0OH,;, — CHsCH20OH,,))
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¢) Sublimation of iodine (Iz, — Iz(,)
d) Dissolving sodium chloride in water

VII. In which of the following substances are London dispersion forces the only
significant intermolecular forces present?

a) Ammonia (NHs) b) Water (H20)
c) Methane (CHa4) d) Hydrogen fluoride (HF)

VIII. Which of the following is a characteristic property of crystalline solids?
a) They have a range of melting points.
b) They are isotropic.
¢) They have a definite and sharp melting point.
d) They lack a regular arrangement of particles.

IX. Which of the following liquids would you expect to have the highest viscosity at a
given temperature?

a) Water (H20) b) Ethanol (CHsCH20OH)
c) Diethyl ether (CH;:CH>-OCH-CHs) d) Glycerol (CH2(OH)CH(OH)CH2(OH))
X. Which type of intermolecular force is present.in all types of molecule regardless

of their polarity?
a) Dipole-dipole forces b) Hydrogen bonds
c) London dispersion forces d) lon-dipole forces
XI. Liquid crystals exhibit properties:
a) Only like solids. b). Only like liquids.
c) Between solids and liquids. d) Unlike solids or liquids.

SHORT ANSWER QUESTIONS

Q.2 Attempt the following short-answer questions
a. Explain, at the molecular level, why evaporation leads to a cooling effect.

b. Explain why liquids with stronger intermolecular forces tend to have lower rates of
evaporation-at a given temperature compared to liquids with weaker intermolecular
forces.

c. One feels sense of cooling under the fan after bath. Explain.

d. How a dynamic equilibrium is established during evaporation of a liquid in a closed
vessel at constant temperature?

The boiling point of water is different at Lahore and Murree hills.

f. Discuss two significant consequences of the lower density of ice compared to liquid
water in natural environments.

g. Why B.P of a liquid increases when the external pressure rises?

h. Mention four items in which liquid crystals are used.

i. How do you differentiate between crystalline solids and amorphous solids?




Propanone (CH,COCH;), propanol (CH,CH,CH,0OH) and butane (CH,CH,CH,CH;)
have very similar relative molecular masses. List them in the expected order of
increasing boiling points. Explain your answer.

Discuss how hydrogen bonding is responsible for the relatively high surface tension of
water.

What type of intermolecular forces will dominate in the following liquids?
(i) NH; (i) Ar (iii) CH;COCH; (iv) CH;OH

The boiling points and molar masses of hydrides of some first-row elements are
tabulated below. Suggest reasons for the difference in their boiling points in terms of
the type of molecules involved and the nature of the forces present between them.

Substance Boiling Point (K) Q@:Mass (g mol™)
CH, 112 16
NH, 240 17
H,O 373 18

DESCRIPTIVE QUESTIONS

Q.3. What are London dispersion forces? Give.examples; and discuss the factors affecting

these forces.

Q.4 Hydrogen bonding is present in H;O, NH;, HF, (CH;),CO and CHCI; molecules.
Sketch structures and discuss briefly.
Q.5 Discuss the structural changes whenwater turns into ice. Justify the empty spaces in
its crystals as compared'to H,O at 4°C and lower density of ice.
Q.6 How liquid crystalsiresemble liquids and solids? Give their uses in daily life.
Q.7 Describe the following properties of crystalline solids.
i) Geometrical shape i1) Melting point
iii) Cleavage plan iv) Habit of a crystal
NUMERICAL PROBLEMS
Q8. A sample of an unknown gas has a mass of 0.560 g. It occupies a volume of 2.87 x
10~* m? at a temperature of 300 K and a pressure of 1.01 x 10° Pa. Calculate the molar
mass of the gas. (Gas constant, R=8.31JK 'mol™!)
Q9. In alaboratory experiment, 150 cm? of a volatile liquid was completely vaporized at

98 °C and a pressure of 1.01 x 10° Pa. The mass of the vapor was found to be 0.495
g. Determine the molecular mass of the liquid (R =8.314 J K™ mol™).
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Student Learning Outcomes [N(S38ELECLRTN0H 1 .0 bX)|

After studying this chapter, students will be able to:

e Describe the chemical reactions that are accompanied by enthalpy changes-and these changes
can be exothermic (AH® is negative or endothermic AH® is positive).(Understanding)

e Interpret a reaction pathway diagram, in terms of the reaction and of the activation energy.
(Understanding)

e Define terms such as standard conditions, enthalpy change, reaction, formation, combustion
and neutralization. (Understanding)

e Explain that energy transfer occurs during chemical reactions because of the breaking and
making of bonds. (Understanding)

e Calculate the bond energies for the enthalpy change.of reaction AH®. (Understanding)

e Describe that some bond energies are exact and some bond energies are approximate.
(Understanding)

e Calculate enthalpy changes from approximate experimental results, including the use of
the relationships q = mcdT and AH® = -inedT/n. (Application)

e Define terms such as enthalpy change oftatomization, lattice energy, AH®, first electron
affinity, EA. (Knowledge)

e Use terms such as enthalpy change.of atomization, lattice energy, first electron affinity.
(Application)

e Construct Born Haber’s Cycles. for ioni¢ solids. (Application)

e  Perform calculations involving Born-"Haber cycles. (Understanding)

e  Explain the effect of ionic-charge and-ionic radius on the numerical magnitude of lattice
energy. (Understanding)

e  Apply enthalpy change with reference to hydration and solution. (Application)

e  Construct an energy-cycle involving enthalpy change of solutions and enthalpy change of
hydration. (Application)

e  Perform calculations involving energy cycles. (Application)

e  Explain the effect of ionic charge and ionic radius on the numerical magnitude of an
enthalpy change of hydration. (Understanding)

e  Define the term entropy, S, as the number of possible arrangements of the particles and
their energy in a given system. (Understanding)

e  Explain the sign of entropy changes that occur during a change in state, temperature
change and a reaction in which there is a change in the number of gaseous molecules.
(Understanding)

e  (alculate the entropy change for a reaction, AS®, given the standard entropies, S, of the
reactants and the products. (Application)

e  Explain the concept of heat as a form of energy. (Understanding)

° Explain the relationship between temperature and kinetic energy of particles.
(Understanding)

e  State that total energy is conserved in chemical reactions. (Understanding)

° Explain the concept of standard conditions and standard states in measuring energy

changes. (Understanding)

Explain Hess’s Law. (Understanding)




Apply Hess’s Law to calculate enthalpy changes in a reaction carried out in multiple steps.
(Application)

° Explain the relationship between bond formation energy and bond breaking energy.
(Understanding)

Explain Gibbs free energy. (Understanding)

Apply the concept of Gibbs free energy to solve problems. (Application)

Outline how enthalpy change relates to the calorie concept of the food we eat. (Application)
Explain factors affecting the electron affinities of elements. (Understanding)

Thermodynamics is the science of the relationships between heat and other forms
of energy. It has vast applications in chemistry, engineering and throughout physics.
Thermochemistry is one area of thermodynamics that is concerned with the study of the
quantity of heat energy absorbed or evolved during physical or chemical changes. That is
why it is also called energetics and is largely based on the first.law of thermodynamics.
Hess’ law, a special case of Ist law of thermodynamics, is a remarkable tool in a chemist’s
hand and finds numerous applications in analytical chemistry: Moreover, thermodynamic
information allows us to predict whether a particular reaction can occur under specified
conditions i.e., it discusses the spontaneity of a reaction.

6.1 ENTHALPY CHANGE

The sum of all the possible, potential and Kinetic enérgies, of a system is called its heat
content or enthalpy denoted by H. Every substance possesses a characteristic amount
of enthalpy. This is the reason that the total enthalpy of products (/,) is never equal to
that of reactants (H;). Hence during. a chemical reaction, when reactants are converted
into products, there occurs a change in enthalpy denoted as AH. In other words, enthalpy
change is the net energy, which'is either.evolved or absorbed in the form of heat.

Mathematically,
AH = (Heat content of products, H,) — (Heat content of reactants, Hy)
There are two cases:

i. Hp<Hg:such reactions involve a lowering of enthalpy and always take place with the
evolution of heat which is equal to H,— Hy and AH carries negative sign.

“A chemical reaction or a physical change in which heat is evolved from the system to
surroundings is called exothermic process.”

ii. H,> Hg: such reactions involve an increase in enthalpy and always take place by the
absorption of heat which is equal to H,— Hy and AH carries positive sign.

“A chemical reaction or a physical change in which heat is absorbed by the system from
surroundings is known as endothermic process.”

Following Figure 6.1 shows the enthalpy diagram of exothermic and endothermic
reactions.
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Figure 6.1: Enthalpy diagram of (a) Exothermic Reaction and (b) Endothétmic Reaction
For example, combustion of carbon in oxygen is an exothermic,reaction.

The dissolution of ammonium chloride (NH,Cl) in water is‘an endothermic process.

H,0
NH,Cl, — 2~ 5 NH,*,, +CI AH =+16.2 kJ mol™!

(aq)

@%@ Interesting information

The dissolution of ammonium chloride (NH,CI) in wateris an
endothermic process. This reaction is used in cold paeks (or
ice packs) to treat internal injuries. When the packiskneaded,
water and NH,CI crystals mix and energy is absorbed from
the surroundings, producing a.cooling sensation.

6.2 ENERGY PROFILE DIAGRAM

All chemical reactions involve the breaking of bonds in the reactant molecules before the
formation of new bonds. This can be achieved only if the reactant molecules collide with
sufficient amount of energy to overcome an energy barrier. This minimum amount of energy
required _ ‘by. the
reactant molecules
just to cross that
energy barrier is T |

A A

called energy of Enthalpy R[reactanis ”
activation denoted AH
by E, The energy
profile diagram B A Hel /-

: products X [reactants
of exothermic

roducts
EnthalpyT Hpf - f-2 products

AH

=

=

| -

and endothermic Progress of Reaction Progress of Reaction
reactions are given
in Figure 6.2. Figure 6.2 Energy profile diagram in terms of AH and E,




Quick Check 6.1

Draw the energy profile diagrams for the following reactions:

i. CH,y*2O0y, —— CO,,+2H,0, AH=-890.3 kJ mol!
ii. CaCOs ——> (a0, +CO,, AH=+572kJmol"!

6.3 STANDARD ENTHALPY CHANGES

The enthalpy of'a substance not only depends upon its physical state but also on the pressure
and temperature. Hence, we must specify these conditions while writing an equation.
Therefore, when making accurate comparisons of enthalpy changes for.various reactions,
AH i1s determined under certain standard conditions, which are summarized below:

a) Temperature: 25 °C or 298 K
b) Pressure: 1 atm or 101 kPa

%@ Did you Know?

The standard state of an element is its most stable formrat 298 K and 1atm pressure. For
example, the standard state of C is graphite not diamond. By definition, the standard
enthalpy change of formation of any element in its standard state is zero.

6.3.1 Enthalpy Change of Reaction (AH,)

The standard enthalpy of a reaction is the enthalpy change involved when stoichiometric
amounts of reactants in their standard states‘react together completely to form products
under standard conditions.

For example, the reaction between hydrogen and oxygen gases to form 1 mole of water:
Hyg + 2 Oy ——=——=— H,O, AH®, = -286 kJ mol™!

6.3.2 Enthalpy.Change of Combustion (AH?)

The standard enthalpy change of combustion of a substance is the enthalpy change involved
when one mole of the substance is completely burnt in excess of oxygen, under standard
conditions.

It is always exothermic. For example, standard enthalpy of combustion AH of ethanol is
—1368 kJ mol .

C,H;OH,, + 3 Oy, ——> 2 CO,, + 3 H,0,, AH®.=—1368 kJ mol"!

Enthalpy change of combustion is useful in calculating calorie content of foods and fuels.

6.3.3 Enthalpy Change of Formation (AH%)

Standard enthalpy change of formation of a compound is the enthalpy change involved




when one mole of the compound is formed from its elements under standard conditions.

It can be exothermic or endothermic. For instance, AH$ for methane is given below.

Cy + 2Hy, —— CH,,, AHS=-74.8 kJ mol"!

6.3.4 Enthalpy Change of Atomization (AH®,)

“The standard enthalpy change of atomization of an element is the enthalpy change
involved when one mole of gaseous atoms is formed from the element, under standard
conditions.”

H,, — 2H, E,.y = +436 kJ mol™!

Y2 Hy, —— Hy, AH®,,= +218 kJ.mol-!

6.3.5 Enthalpy Change of Neutralization (AHS)

The standard enthalpy change of neutralization is the enthalpy change involved when one
mole of water is formed by the reaction of an acid with analkali under standard conditions.

It is always exothermic. For example, the enthalpy of neutralization of NaOH by
HCI is —57.1 kJ mol~!. When these solutions-are mixed together during the process of
neutralization, the only change that occurs’ is.the formation of water molecules leaving
Na* and CI as spectator ions in solution. Thus, the ‘enthalpy of neutralization is merely
the heat of formation of one mole of liquid water from its ionic components and the net
neutralization reaction is:

H*,,+OH , — H;0,, AH?, =-57.1 kJ mol!

For all strong acid-base reactions AHS is always near -57.1 kJ mol~'.

6.3.6 Electron Affibity (AHS,)

The first electron affinity is the enthalpy change involved when 1 mole of electrons is
added to 1 mole of gaseous atoms to form 1 mole of gaseous uni-negative ions under
standard cenditions.

Electron affinity of chlorine atom.
Clg+e —> CI” AHS, = —348.8 kJ mol ™!

Since, energy is released, so first electron affinity carries negative sign.

a) Write equations, including state symbols, that represent the enthalpy change of atomization
of: (i) Oxygen (ii) Barium (iii) Bromine
b) Name the enthalpy changes that occur in each of the following reactions:
1) Clmptivy T Oz —— COyy
ii) HCl, + NH,;, ———> NH,CI
iii) Hy, + 2 0,, —> H,0

-




6.4 BOND ENERGY (BOND DISSOCIATION ENERGY)
AND ENTHALPY CHANGES

When a bond is formed between two atoms, energy is released. The same amount of energy
is absorbed when the bond is broken to form neutral atoms; we call this, bond dissociation
energy which is defined as, "The average amount of energy required to break (dissociate)
one mole of a particular bond in a substance. ”

It may be denoted as E. If we are determining bond energy of a particular bond in a
particular substance, we call this exact bond energy.

This is to be noted that bonds between the same pair of atoms usually have.different B.E.
values, in all of their compounds. Actually, B.E. is affected by other atoms in a molecule.
For example, C—C bonds usually have B.E. values of approximately 350 to 380 kJ/mol.

In ethane: [H;C—CH;] ; Ecc =376 kJmol!
In propane: [H;C—CH,—CH;] ; Ece =356 kJ mol!
In butane: [H,C—CH,—CH,—CH,] ; Ec&=352 kJ mol!

In these examples, E_ for ethane is exact bond energy:-Similarly for propane and butane,
E.. are exact bond energies. When we take average of all E__ in different molecules, we
obtain average C-C bond energy. Practically, average bond energy is used instead of exact
bond energies. Average bond energies of some -bonds-are -given in Table 6.1.

Table 6.1. Average Bond Energies of SoméJdmportant Bonds (kJ mol™)
H- [ C-[C=|C=| NoaNN= | N [ O- | O= | F- | Cl- | Br— | -
H | 436 | 413 391 463
C | 413 | 348 | 615 | 81214292 | 615~ 891 | 351 | 728
N | 391 | 292 | 615 | 891 161 418 | 945 | 222 | 607
(0]
S
F

463 | 351 | 728 222 | 607 139 | 498

339 | 259 | 477 347 327 | 251 | 213

563 | 441 270 185 159 | 255
Cl| 432 | 328 200 203 243 | 218 | 209
Br | 366 1.276 192 | 180
I | 299 | 240 201 151

6.5 ENTHALPY CHANGE OF REACTION (AH,) AND
CHEMICAL BONDS

A chemical bond represents a form of energy known as chemical energy, which is inter-
convertible into all forms of energy. Bond breaking absorbs energy (AH = +ve) while bond
formation releases it (AH = —ve) and their difference will decide the overall sign of AH.
That is whether a reaction is exothermic or endothermic is determined by the net change.




Overall reaction is exothermic if the energy released in making of new bonds is greater
than that absorbed in bond breaking. The reverse is true for an endothermic reaction.

For example, the formation of water is exothermic because more energy is released in
forming the H—O bonds than is absorbed in breaking the H—H and O=0 bonds. This is
calculated in Sample Problem 6.1.

2H,, + Oy, ——> 2H,0,, AH,=-ve

Sample Problem 6.1

With the help of the following bond energy data; calculate the enthalpy change of the
following reaction:

By =436 kI mol'! ; E;_, =495 kJ mol'! and E,,_, = 463 kJ mol™!

1
Hyq + 72 Oy —— > HO,

O
Solution: H-H+ % O=0 —m—

436 +14(495) 2 x (463)
(bond breaking energy) (bond forming energy)
o AHY =2 E - 2E

=[Eyn t Eoo] —[2 Eyol
=[436 +247.5] - [2(463)]
AH® =-242.5 kJ mol’!

6.6 MEASUREMENT-OEENTHALPY CHANGE OF A
REACTION

The amount of heat evolved or absorbed during a physical or chemical change can be
measured by an.instrument called calorimeter. At its simplest, a calorimeter consists of an
insulated vessel, a stirrer and a thermometer. There are various types of calorimeters but
here we will describe only “Glass Calorimeter”.

The amount of heat energy required to raise the temperature of a substance of mass lkg
through 1K (or 1°C) is known as specific heat capacity, c, of the liquid. So the specific
heat capacity of water is 4.18 J g'! K-!(or J g'! °C!), which is rounded offto 4.2 J g K-!.

6.6.1 Glass Calorimeter

A glass calorimeter is suitable for measuring heat-flow for reactions in solutions. However,
it cannot be used for reactions involving gases which would escape from the vessel, nor it
would be appropriate for reactions in which the products reach high temperatures.

It consists of a beaker, a stirrer, a thermometer and a loose-fitting lid to keep the contents at
atmospheric pressure as shown in Figure 6.3. The outside walls of the calorimeter (beaker) are
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insulated using cotton wool to minimize the exchange of heat with the surrounding air.

The reaction is carried out inside the beaker and
the heat evolved or absorbed is measured by the
temperature change. Since the pressure inside the Hydrochloric )
calorimeter is constant, the temperature measurement | 4cid * sodium
makes it possible to calculate the enthalpy change AH veromee

during the reaction.

Stirrer Thermometer

AH is calculated as follows:

1) q =My, X Cuvater x AT Beakers Cotton wool
Figure 6.3 Glass calorimeter to measure

i1) Convert into kJ by dividing with 1000.
iii) Calculate AH for the reaction using relation:

enthalpy change.ofreactions

AH = —% kJmol! (for exothermic reaction)
AT
or = % kJ mol"! (n = no. of moles)

The solutions we are using here are so dilute that almost all of their mass consists of water,
therefore, we can simply use specific heat capacity of water. Such a calorimeter could be
used to measure the heat of neutralization (A) as explained in the following example.
Sample Problem 6.2

Neutralization of 100 cm? of 0.5 mol dm3'NaOH at 25°C with 100 cm? of 0.5 mol dm-3
HCIl at 25°C raised the temperature of the reaction mixture to 28.5°C. Find the enthalpy of
neutralization. Specific heat of water=4.2 J g''K"!
Solution
Density of H,O is around 1gecm?;so total.volume of solution which is 200 cm? =200 g
Rise in temperature, AT =285 - 25.0=3.5°C=3.5K
* Amount of total heat evolved, @ =m x ¢ X AT
=200 x 4.2 x3.5=29401]
=2.94kJ
Calculation of-ne. of moles of H,O formed (n)

Using mole = Concentration(mol/dm?) x Volume (dm?)
0.5 x100
Ngey = Noveow™ ~ 7000 0.05 mol
Using equation, Number of moles of water formed, n;,,, = 0.05 mol

Heat evolved in the formation of 0.05 mole of water, q =-2.94 kJ

Ao = 4 ~2.94KkJ
" "n 0.05mol

So, Enthalpy of neutralization, AH°, = —58.8 kJ mol!

Quick Check 6.3

Calculate AH® of the reaction of 50 cm? of 1.5 mol dm— HNO, with 50 cm? of 1.5 mol/dm? of
NaOH. The change in temperature is 4 °C,




6.7 ENTHALPY CHANGE AND CALORIE CONTENT OF
FOOD

In this section, we will look at foods as fuels. When food is digested, the chemical energy
stored in the food (also called calorie content) is released as heat energy. In other words,
digestion of food releases same amount of energy as it is burned outside the body. So, the
overall enthalpy of combustion is the same as the enthalpy of combustion, which can be
determined in a calorimeter (typically in a bomb calorimeter).

Calorie content: The calorie content of food is a measure of the energy ‘released’ when
the food is completely consumed in the body. This energy is typically expressed in units of
kilocalories (k cal) or joules (J).

6.7.1 Relation between Enthalpy Change and Calorie.Cgntent

The enthalpy of combustion of a food (AH?) is the calorie content of that food when it is
translated or converted into kilocalories per gram.
AH° (kJ/g)

Calorie content = REY

Look at the energy provided from glucose.

CH .04 + 60, ——— 6CO,,, + 6H,0,, AH®=-2803 kJ mol!

The calorie content of glucose can be caleulated as follows:

First, we find AH per gram of glucose. Molar{mass of glucose is 180 g moll. Above

equation shows that;

mol (180.0 g) of glucose burns.to produce energy = 2803 kJ
2803 kl/g .

1.0 gof Glucose =———— Energy Expenditure
180 g /mol Energy Intake

=15.57kl/g
Using the relation;
AH (kJ/g)=—4.184 x calorie content

Calories
_ AH (kJ/g)
calorie content = — 2184 (1) /kcal _
) ( cal) Negative Energy Balance
15.57kJ/ g Remember, the calorie content we take from food must

be balanced by working, exercising and doing positive
4.184 (kJ/kcal) activities. Otherwise, our bodies will have imbalanced

. th int
calorie content = — 3.72 kcal/g growth and maintenance

6.8 HESS’ LAW OF HEAT SUMMATION

First law of thermodynamics is actually a manifestation of law of conservation of energy,
which states, “Energy can neither be created nor destroyed, but can be converted from one

-




form to another.” Germain Henri Hess applied the law of conservation of energy to enthalpy
changes. There are many reactions, for which AH cannot be measured directly by
calorimetric method. For example, tetrachloromethane CCl, cannot be prepared directly
by combining carbon and chlorine. Hess” Law helps us to calculate the enthalpy changes
for such reactions or processes. It states:

“The total enthalpy change in a chemical reaction is

independent of the route by which the chemical reaction AH, divect route 1 N A

takes place as long as the initial and final conditions are L-TTTTTT R

the same.” g AH, °
—

Hess’ law can be illustrated by drawing enthalpy cycles, R 4

’

often called energy cycles or Hess cycles. Let A be converted

. . : S . It rect route 2 . - A AHs
to ‘B’ directly in a single step, which is the direct route; or > Jifirectroute 24
ina se.ries‘ of two or three steps designated as.indi.rect route —
1 and indirect route 2 respectively as shown in Figure 6.4. AH,
The products formed in these routes (M, N and X, Y, Z) are Figure 6.4 Hess’ cycle

called reaction intermediates.
Then according to Hess’ law,
For the indirect route 1, we can write: AH%= AH, + AH,
For the indirect route 2, we can write: AH%=AH, +AH, + AH;

Below are few examples of it.

i) Calculating Enthalpy of Formation (AH’) using Enthalpy of Combustion (AH?)
Sample problem 6.3

Calculate the enthalpy change of formation of CO using Hess cycle with the help of
following combustion data:

C(graphite) + O,,, —» CO,, AH =-393.5kJ mol’!
CO(g) + OZ(g) e COz(g) AHZ =283 kJ mol™!

C(graphite) + 2 Oy, CO, AH,=? Route 1
Solution: Applying Hess’ law, we can write /0\‘
AH =AH, + AH, C+O0, A, > CO,
AH,= AH - AH, \AAHI AV
=-393.5 — (-283) C+20

_ -1
=—-110.5 kJ mol Route 2

ii) Calculating Enthalpy of Reaction (AH’,) using Enthalpies of formation (AH?)

Sample Problem 6.4 Calculate the enthalpy change of reaction of
C,Hy + HCl, > C,H,Cl,




Using Hess cycle with the help of following combustion data.
AHS of C,H, =+ 52.2 KJ mol™!
AHS’% of HC1=-92.3 KJ mol!
AHS of C,H;Cl =-109 KJ mol! Tizz -92.3 ﬂT
=-109 — [+52.2+(-92.3)]
=—68.9 KJ mol™!

AH v
C,H,(g) + HCI (g) — > C,H,Cl(g)<

......... 2C(s) 2 % Hy(g) + % CL(g)

ﬂ

alculate the standard enthalpy change for the formation of methane (AH?

6C(s)+ 3Hz(g) e C6H6(Z)

The standard enthalpies of combustion of C ), H,,, are -394 kJ mol‘l‘ kJ mol-!' and enthalpy

of formation of CHy,,—3267 kJ mol! respectively. .

iii) Calculating Enthalpy Change of Formation of a'substance (AH{) using

Enthalpy of Combustion and Enthalpies of Formation of other substances

Sample problem 6.5 Propane (C;Hy,)) burns/in oxygen according to the equation:
C3Hg) + 5 Oy ———— 3 €Oy, + 4 H,0,,,

When 14.64 g of propane is burned in an excess of .oxygen in a calorimeter at 25 °C and
1 atm pressure, 678.6 kJ of heat is evolved. Calculate the standard enthalpy of formation
of propane. The standard enthalpies of formation of CO,, and H,0,,, are —393.51 kJ mol!
and —241.82 kJ mol-! respectivély.

Solution: The first step is to find the.enthalpy change when one mole of propane is burned.
Molar mass of propane, C;Hy = 3(12.011) + 8(1.0079) = 44.096 g mol!

445
No. of moles of propane = ———— = 0.3320 mol
44.096

So, 0.3320mol propane evolves heat = 678.6 kJ
1.0 mol propane evolves heat = ﬁ kJ mol! = -2044 kJ mol!

According to Hess’ law:
AH,=[3 x AH% (CO,) + 4 x AH°.(H,0)] —[1 x AH®, (C;Hy) + 5 x AH®, (O,)]
—2044 kJ = [3%(-393.51) + 4 x(-241.82)] — [1 x AH®; (C;Hy) + 5 x(0)]

Taking the heat of combustion of O, to be zero and solving this equation for AH’ (C;Hy) gives,
AH®; (C;Hg) = —104 kJ mol!

Draw enthalpy cycle of Sample Problem 6.5 according to Hess’ law to validate the above calculation.
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iv) Calculating Enthalpy Change of Reactions (AH,) using Bond Energies

A special case of Hess’ law involves the use of bond energies to estimate heats of reaction
for gas-phase reactions. In the first step, the bonds in all the reactant molecules are broken
to give free atoms in the gas phase. The enthalpy change for this step can be calculated by
adding the bond enthalpies from Table 6.1. In the second step, the product molecules are
formed. The enthalpy change for this step can again be estimated from the bond enthalpies
of Table 6.1, which must now be taken with minus sign because the bonds are being formed
instead of broken. In general, the heat of reaction for any gaseous chemical reaction can
be calculated from average bond energies by use of the following version of Hess’ law:

AHOI'XH
Reactants >  Products

E E
® Atoms ®

Figure 6.5 Hess Cycle; showing the relationship between bond energies and AH.. =Y E,-Y E,

Sample problem 6.6 In the case of formation of HCly from H,, and Cl,,, use B.E. data
from Table 6.1 to estimate AH for the reaction:

Hy + Clyy ——— > 2 HC,
And finally calculate the heat of formation of HCL.

We replace this reaction by a hypothetical two-step-process. The bonds in all the reactant
molecules are first broken, and then the atoms are combined to make the products.

First Step
Hy g + Clyyy — 2H*2Cl,,

Eyn=436 kJ mol! ;. Eg o= 242KkJ mol! AH?
Hy g + Cly, —>» 2HCI

ZEx=[1m6l x 436_k] 1 mef x 242_kJ
(1?6 19‘9 ' Cfﬁ‘ﬁ IV‘D (R 2Hg + 2C1<g>J

=436kl + 242 k]
=678kJ

(€3]

Second Step:
2Hy +2Cl, — 2 HCl,

Eyo= 431 kI mol!
Y Ep>"2 mol x 431 kJ mol'! =862 kJ
The standard enthalpy change in the reaction is obtained by the following formula:
AHY =3 E; - Y E,
AHP =678 — 862
AHy =-184 kJ (for 2 mol of HCI)
Enthalpy of formation of HCI, = —184/2 kJ mol"' = —92 kJ mol!




Quick Check 6.6

a) The reaction for the Haber process is:
Ny + 3Hy) — 2NHy,
The relevant bond energies are:
Eney = 945 kI mol ™!, By ;= 436 kJ mol ™!, Ey ;= 391 kJ mol .
Calculate the enthalpy change of the above reaction.
b) Calculate the enthalpy change for the following reaction
C,H,OH;, + 30,4, — 2CO,,, + 3H,0y,
The bond energies of various bonds (in kJ mol!) are given below:
Ecc=+347,E.,; =+410, E., =+336, E,_, = +496, E._, = +805, E ;; =465

6.9 ENERGETICS OF SOLUTION

The process of dissolving a solute in a solvent is called dissolution. It is assumed that the
formation of a solution, takes place in three steps.

i.  Overcoming the intermolecular forces in the solvent to make room for the solute
(expanding the solvent).

ii. Breaking up the solute into individual components (expanding the solute).
iii. Allowing the solute and solvent to interact to form the solution

In this process heat is either given out or taken in. Standard enthalpy change of solution is
used to describe it.

Standard enthalpy change of solution (AHS,)

“The standard enthalpy of solution is\the amount of heat absorbed or evolved when one
mole of a substance is dissOlyed in aisolvent to give an infinitely dilute solution.”

It is denoted by AHZ,and it may be exothermic or endothermic. The enthalpy changes
of solution of sodium carbonate and ammonium chloride are described by the equations
below:

N32CO3(S) + aq —_— 2 Na+(aq) + CO327 AHOSOI = _25 kJ m0171

(aq)
NH,Cl, + ag —————— NH, ", + Cl o AH®,, =+16.2 kJ mol™!

In Table 6.2 values of heats of solution of different ionic ~ Table ?;2 It{_eats_ of Sl‘?(ljuti((l’{f} of Sl?ll;le
. . . . . . . important 10niC soids mo
solids in water at infinite dilution are given. P

Substance | Heat of Solution

An ionic compound consists of oppositely charged ions,

. NaCl 4.98
held together by strong electrostatic forces. Two factors
. ) KCl 17.8
govern the process of dissolution
. . . KBr 19.9
i. Hydration energy (accounts for the attraction of < 5

solute ions with water molecules)

ii. Lattice energy (controls the breaking of the ionic RUEL(CH 16.2

compounds) NH,/NO; |[26.0

=




6.9.1 Hydration

“The process in which water
molecules surround and interact
with the solute ions is called
hydration.”. The forces are created
between water molecules and the
ions which are called ion-dipole
forces as shown in Figure 6.6. And
as a result, all the ions in aqueous
solution are said to be hydrated. The
energy of attraction due to an ion-
dipole force is known as enthalpy
of hydration, defined as follows:

“The enthalpy change involved when Figure 6.6 Dissolution of anjioni¢ compound through the

one mole of a solute is dissolved in process of hydration.
excess of water to make infinitely dilute solution under standard conditions.”

It is denoted by AH®, ;. This energy is always released.as it is formation of ion-dipole bond.
Factors affecting the magnitude of hydration energy

The heat of hydration depends on followingfactors:

i. Charge on the ion
ii. Size of the ion

We use a combined term for thesetwo factors i.e., “charge density” defined as charge per
unit area. If greater charge ‘is present‘on.smaller ion, the charge density is large and vice
versa. And large value of'charge density means increase in the hydration energy values.
For example, enthalpies of hydration of following ions are in the order:

)< @ < ®
®@>© >

On the same basis we can explain the hydration energy of anions.

6.9.2 Lattice Energy (AH;,,

“The lattice energy of an ionic crystal is the enthalpy change involved when one mole of the
ionic compound is formed from gaseous ions under standard conditions.”

Na&) + ClI'y —> NaCl, AH®,, =787 kJ mol!




! CHEMICAL ENERGETICS

Factors affecting the magnitude of lattice energy

The lattice energy depends on following factors:
—1100

i.  Charge on the ion v e
ii. Size of the ion ~1000+

9004 N O
.
—gooq X
Rb*
Cs*

Lattice energy and size of the ions

Figure 6.7 shows the values of lattice energies
of alkali metal halides decrease with the
increase in the size of the cation/anion. With
the increase in the size of either cations or

Lattice enthalpy / kJ mol™!

anions, oppositely charged ions become less 6001
and less tightly packed. 1

I 0 © @
Lattice energy and charge on the ions Figure 6.7 Latficenergies of alkali metal halides

Lattice energies is directly proportional to the charges on theions i.e., greater the magnitude
of the charge on an ion, greater is its lattice energy and vice versa. Let us try to understand
this fact by comparing lithium fluoride, LiF, with magnesium oxide, MgO.

These compounds have the same arrangement of ions in their lattice structure and
comparative sizes of cations and anions are’same in both compounds.

Magnesium oxide AH,,, g0 = —3923 kI mol”! is greater than lithium fluoride AH,,, ¢, =
—1049 kJ mol™!

The doubly-charged Mg?" and O? iens in MgO-attract each other more strongly than the
singly-charged ions of the same'size in LiF.

Solubility trends of group-2-hydrexides and sulphates
AH’,, depends on both Jattice energy and hydration enthalpy.

e [ ook at the solubility trends of group II metal hydroxides. Both hydration energy and
lattice enthalpy decreases down the group due to decrease in charge density of group
2 cations:-But it is observed that the lattice energy decreases more rapidly in the series
Mg(OH),, Ca(OH),, Sr(OH), and Ba(OH), than does the energy of hydration of ions
Mg?*, Ca?*, Sr** and Ba®". For this reason, the lattice energy factor dominates. AH,
becomes more exothermic, so solubility increase.

e Now look at the solubility trends of group 2 metal sulphates. Because the SO,> is much
larger than the OH", the decrease in lattice energy going through the series of sulphates
from MgSO, to BaSQ, is less, but the energy of hydration of the cation decreases by
a greater amount. Now the energy of hydration dominates and the solubility decreases
from MgSO, to BaSO,. AH’,, becomes more endothermic, thus solubility decreases.




6.9.3 Calculating Enthalpy Change of Solution (AH?,,)

We can calculate the enthalpy change of solution or the enthalpy change of hydration by
constructing an enthalpy cycle and using Hess’ law Figure 6.8.

enthalpy change enthalpy change of
of solution hydration of cation

AH® and anion, AH

sol

-ions in aqueous :
: solution

Figure 6.8 Energy cycle of formation of an aqueous solution ofjanidonic solid using Hess’ law
We can see from this enthalpy cycle that:
AHj, + AHG=AHG,

We can use this energy cycle to calculate:

Sample problem 6.6

Determine the enthalpy change of solution (AHJof sodium fluoride (NaF) using the
following data:

Lattice energy of sodium fluoride (NaF) =-902 kJ mol™!
Enthalpy of hydration of sodium iens (Na*) = —406 kJ mol !
Enthalpy of hydration of fluoride ions (F~) = —506 kJ mol!

Solution

Step 1: Draw the enthalpy cycle
RPN a— AHE =902k MOl v :

Step 2: Rearrange the equation and substitute the values to find AHS,, 11
AH, =AHy, + AH},
AH?,= 902 + (—406 — 506)
AHY, 4 [NaF] = +10 kJ mol !
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6.10 BORN-HABER CYCLE

It is impossible to determine the lattice energy of a compound by a single direct experiment.
We can, however, calculate the value for AHY,, using several experimental data and an
energy cycle called the Born—Haber cycle. Born-Haber cycle is an application of Hess’
law. Let us consider the calculation of lattice energy of sodium Chloride using Hess’ law
and Born-Haber cycle.

Figure 6.9 Enthalpy cycle of sodium¢chloride

where,
AH?; : standard enthalpy of formation of NaCl can be measured conveniently in a calorimeter.

AH, : Total energy involved in changing sodium and chlorine from their standard physical
states to gaseous ions. Applying Hess’ law on'the above energy cycle, we can write
AH% = AH, + AH®,,

The above energy triangle has been, extended to show the various stages involved in
finding AH,. The complete energy cycle is called the Born-Haber cycle and it is presented
in Figure 6.10.

4+ -
Nay, ¢ + Cly,

Y
AH,, of Cly, [=+ 121 Kmol ! AH,, of Cl|=—349 kJ mol!

Naj, + € +1/2Cly,

A
AH; of Na, |=+496 k] mol ! \

+ _
y Na', +Cly

Naj, +1/2 Cl,,

A

HCl- =2
AH,, of Na,|=+ 108 kJ mol ! AH,,, of Na'Cl =2

(Lattice Energy of NaCl)

Na, +1/2ClL,,
=— (REACTANTS)

AH, of Na*Cl, |=—411 kJ mol!

\d Na'Cl Y

(FINAL PRODUCT)

Figure 6.10 Born Haber cycle of sodium chloride (not according to scale)




Calculation of AH,

From above cycle we have,
AH, = AH, o) + AH,; gy + AH, e+ AHe )
AH, =376 kJ mol'----mmem - (ii)

Using, AH°,, = AH%— AH,=— 411 — 376
AHC,,, = 787 kJ mol™!

Sample problem 6.7 Calculate the heat of formation of sodium fluoride, which crystallizes
in the sodium chloride lattice. The heat of atomization of Na,, is 109 kJ/mol, half the bond
energy of F,,, is 79 kJ/mol, the ionization energy of sodium atoms is'494 kJ/mol, the
electron affinity of fluorine atoms is —328 kJ/mol, and the lattice energy.is —939 kJ/mol.

Solution: Values are given for all the quantities in the Born-Haber cycle, so we can apply
Hess’ law:

AH’= AH®,, + AH®, nNay T AH®; ~Nay T AH®,, @t AH (F)
=(-939 +109 + 494 +79 —328)kJ mol-!
A =-585 kJ mol’!

Quick Check 6.7 .Cy® .o,
a) Draw Born-Haber cycle for Sample Problem.6.7.

b) Calculate the heat of formation of lithium fluoride. The heat of atomization of Liis 161
kJ/mol, half the bond energy of F,nis 79 kJ/mel, the ionization energy of lithium atoms is
520 kJ/mol, the electron affinity of fluorine atoms is —328 kJ/mol, and the lattice energy is
1107 kJ/mol.

6.1 ENTROPY

Entropy is a measure,of the number of ways energy can be distributed within a system at a
specific temperature. When the energy is distributed in more ways, a system is more stable.
Entropy can also.be thought of as a measure of the randomness or disorder of a system.
The higher the tandomness or disorder, the greater the entropy of the system. The system
becomes energetically more stable when it becomes more disordered.

6.11.1 Entropy, Diffusion and Number of Ways of Arrangement

We can show that the molecules in a vapour diffuse by chance by thinking about the
probability of finding them at one place at any one time. Consider the simplified model

shown in Figure 6.11 below. By
partition

I —

gas jar A gas jar B

Figure 6.11 Diffusion and number of possible arrangements




There are 8 different ways for these molecules to arrange themselves in two jars by
diffusion from Jar A to jar B.

This is calculated as under

Number of molecules in A =3
Number of Jars =2
Number of possible arrangements =23=3

Similarly, if there were 5 molecules initially in jar A, the possible ways of arrangement
will be 25, i.e. 32. And if there were 100 molecules, the probability will be 2'%°. A general
formula x¥ can be written for the calculation of probability, where x is the.number of places
and y is the number of particles to be arranged.

Diffusion happens because there is a large number of ways of arranging the molecules. The
concept of the ‘number of ways™ of arrangement either particles or the energy within these
particles helps predict whether it can happen or not.

6.11.2 Comparison of Entropy Values

Entropies of different substances can be compared based.on the number of particles, physical
properties, and state.

Small number of particles means low entropy and
vice versa, for example CaCO, has higher standard Z__
entropy (92.9 JK-'mol") than CaO (39:7JK 'mol 1) #+
This is because the number of possible arrangements
is lower when the number of particles'is smaller.

The entropy of substances having similar.chemical
nature is dictated by their hardness. Hardersubstances
have lower entropy than' softer ones: Diamond has
lower entropy than graphite because it is much
harder. Stronger forces result in limited vibrations in
harder substances which decrease the probability of disorder.

Dissolution of sugar in tea increases the
entropy of both the solute and solvent

A substance has-lower entropy in solid state than in liquid and gaseous states. The entropy
of ice near.ts melting point is 48.0 JK-'mol-!, for water, it is 69.9 JK-'mol'!; whereas water
vapour just above the boiling point is 188.7 JK-'mol!.

Quick Check 6.8

Explain the difference in the entropy of each of the following pairs of substances in terms of
their states and structures.

i. Bry,S° =151.6JK!'mol! and L S° =116.8J K ! mol!
ii. H,,S® =130.6JK ! mol'and CH,, S°=186.2JK! mol!
iii. Hg, S® =76.00J K ' mol'and Na, S°=51.20J]K"! mol!
iv. SO, SO =248.1JK ' mol " and SO, SO=95.60J K mol !

-




6.11.3 Entropy Changes In Reactions

In a chemical reaction, if we compare the entropies of the reactants and products, we
can try to explain the magnitude of the entropy change and whether or not it increases or
decreases. The following rules must be followed to know about the change in entropy of a
reaction. When a solid is converted to a liquid or a gas in the product, the entropy change
is positive.

If no. of moles in the products are more the entropy change is positive.

If there is a change in the number of gaseous molecules in a reaction, due to high values
of entropy are associated with gases. The more gas molecules, there are, the greater is the
number of ways of arranging them and the higher the entropy.
For example:

CaCO3, ——> CaO, + CO2;
There is an increase in entropy of the above system because the gas is being produced

(high entropy) but the reactant, calcium carbonate, is a solid (low entropy). Such reactions
are spontaneous.

Also, consider the reaction:
2N205,, —> 4NO2,, + Oz,

We should expect an increase of entropy of the system because there are a greater number
of moles of gas molecules in the products (5 molecules)than in the reactants (2 molecules).
This is also a spontaneous process.

6.11.4 Calculating the Entropy’Change-of the System (Reaction)

In order to calculate the entropy, change of the system we use the relationship:
AS em = S -8

Let us calculate the entropy change of the system for the reaction:

2Ca) + Oy —— > 2Ca0
The standard entropy values are:
S'ica = 41.40 JK™! mol™!
$9, ;= 205.0 J K~ mol”!
S’ caoy = 39.70 J K~ mol !,
As  AS =S S’
=2 % Sciomn— 12 % S'icaen T S'oren}
=2 % 39.70 — {(2 x 41.40) + 205.0}
=79.40 — 287.8
—208.4 J K- mol™!

system products reactants

products * reactants

AS’

system

The negative value for the entropy change shows that the entropy of the system has
decreased. We know, however, that calcium reacts spontaneously with oxygen.
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So the entropy of the surroundings must also play a part because the total entropy change
must be positive for the reaction to be feasible.

6.11.5 Total Entropy Change, AS®,,.

AS°®, . is sum of standard entropy change of system and standard entropy change of
surrounding. AS® for system can be found out by subtracting the standard entropies of
reactants from the standard entropies of products (similar to the way you obtained AH®).

ASOsystem = Zso(products) - zso(reactants)

where, respective no. of moles of reactants and products in a balanced chemical equation
are multiplied with entropy of reactants and products.

ASP® for surrounding is calculated using following equation:
— AH®

surrounding = T

AS°

Where,

e The value of AH,° is in KJ/mol so must be multiplied with 1000. This is because
entropy changes are measured in J/Kmol.

e The negative sign is part of equation and not the sign of AH,°.

AS° 4orary IS calculated using following equation:
ASototal = ASOsystem +AS° AH®
ASototal = Zso(products) - Zso(reactants)+ [ T - ]

It is useful to be able to predict about spontaneity of reaction using the sign of AS® .,y

surrounding

AS®,.a IS TVe = entropy.increases'=>Teaction is spontaneous
AS®, a1 IS —ve = entropy decreases = reaction is nonspontaneous
Sample Problem 6.8 Calculate the entropy change of the system AS° ., for the reaction:
2Ca) + Oy, —> 2Ca0,
The standard entropy values are: S° ), = 41.40 J K-! mol™!
S° o2 =205.0J K mol!
S° oy =39.70 J K™ mol 1,
As AS®ygem = 225 products) — 225 (reactants)
=28 caoen = 12 % 8% casn T S foren’
=2 x39.70 — {(2 x 41.40) + 205.0}
=79.40 —287.8

AS° =-208.4JK ! mol!

system




for the

Sample Problem 6.9 Calculate the entropy change of the surroundings AS®
reaction at 298K:

2Cag + Oy — 2Ca0, AH® =-1270.2 kJ mol™!

reaction

surrounding

Step 1 Convert the enthalpy change into J mol~! by multiplying by 1000.
—~1270.2 x 1000 = -1 270 200 J mol!
Step 2 Apply the relationship

R - AH‘r)eaclion
AS® umoundings = T

] —1270200
AS surroundings = T

=+4262.4 J K ! mol™!

Sample Problem 6.10 Calculate the total entropy change AS®,, for the reaction and
check its spontaneity.

2Cay, + Oy, 2Ca0y,
AS®,em = —208.4 J K~ mol !
Asosurrounding: +42624 J K71 m01*1
AS® . = —208.4 +4262.4
AS®, . =+4054.0 J K ! mol

The total entropy change is-positive and the reaction is feasible.

6.12 THE FREE.ENERGY CHANGE, AG

In determining whether a chemical reaction is likely to be spontaneous, we use the new
quantity Gibbs ‘free energy change, AG. The Gibbs free energy change is given by the
relationship

AG =-TAS, .,
Multiplying the AS®,, expression by —T, we can also get the expression without having to
consider the entropy changes of the surroundings. This expression is called Gibbs equation

AH®

_ o — o +

TX A AS i = AS e T I %@ Extend your knowledge
‘TAStotalz‘TASsystem+AHor The unit of temperature times entropy
AG® = AH®— TAS° (TAS) is Joule. AS® represents AS® ...

And draw the following conclusion from it

1. If AG <0 (-ve), the given process may occur spontaneously

ii. If AG >0 (+ve), the indicated process cannot occur spontaneously; instead, the reverse
of it may occur
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iii. If AG = 0 neither the indicated process nor reverse of it can occur spontaneously. The
system is in a state of equilibrium

6.12.1 Calculating AG® for a Reaction
Sample Problem 6.11 For the reaction:
CaSO,, — Ca**,,+S0,%,
Calculate AH®, AS® and AG® at 25 °C using the following data; and discuss its spontaneity.

Enthalpy of Formation: AH®; ¢,sou) = -1432.7 kJ, AH; > o)) = -543.0 kI, AH®; 04% ()=
-907.5kJ

Standard entropy:  S°cusoues)= 106.7 J/K, S° .2 e = —55.2 K, S°sosaqy= +17.2 J/K
Solution

i AH°=Y AH

—-> AH =[-543.0 907.5] — [-1432:7] =-17.8 kJ

f (products) f (reactants)

i AS® = 38° ety — 2 penctamy = [(-55.2 + 17.2) — (106.7)] J/K = —1447 J/K AS° =
—0.1447 kKJ/K
iii. AG®=AH®—T AS® = (—17.8 kJ) — (298 K) x-(~0:1447 kJ/K) = + 25.3 kJ

Note that you substitute AS® in units of kJ/K in the formula of AG°®.

We conclude that this process is non-spontaneous at'standard conditions at 25 °C.

Sample Problem 6.12 What is the-standard free-energy, AG® for the following reaction
(Haber’s process) at 25°C? Also discuss its spontaneity.

Ny + 3 Hyy ——> 2 NH;

Enthalpy of Formation: AH®% ()= O KJ, AH (154 = 0 kJ, AH®; (13 = —45.9 kJ
Standard entropy: S°o@), = 191.5 J/K, S°4, = 130.6 J/K, S 3= 7193 J/K
Solution:
AH® = 3 AH, it~ 5 AH: ran = [2 % (-45.9)] — [0+ 0] = -91.8 kJ
AS® = ¥8C b rodtes) — 28 reactanisy = [2 X (193)] = [191.5 + 3 x 130.6] J/K =197 J/K

=-0.197 kJ/K
AG® =AH° — T AS°® =(-91.88 kJ) — (298 K) x (-0.197 kJ/K) = -33.1 kJ

AG® is a negative value thus it is concluded that Haber’s process is spontaneous at 25 °C.

Spontaneity and Temperature Change

Until now we obtained the free-energy for a reaction at 25°C. How do we find AG® at
another temperature? For this purpose, we use the same equation i.e., AG® = AH® — T AS°.
We get the value of AG at any temperature by substituting values of AH® and AS® at 25°C.
But in this method, we assume that AH® and AS® are essentially constant w.r.t. temperature




(this is only approximately true).

Remember that the superscript degree sign (°) refers to substances in standard states, which
are substances at 1 atm and at the specified temperature. Although until now this was 25°C
(298 K), we now consider other temperatures. Note that in general, AG depends strongly
on temperature.

In Table 6.3, all of the four possible choices of signs for AH® and AS°, give different
temperature behaviors for AG® are being discussed. In all this discussion temperature is
always positive as it is taken on Kelvin scale.

Table 6.3 Effect of temperature on the spontaneity of reactions

AH® | AS° | AG® Description* X~
0

_ + = Spontaneous at all T

+ - 4 Non-spontaneous at all T

- - +or — | Spontaneous at low T ; non-spontaneous at high T

+ + +or— | Non-spontaneous at low I";*spontaneous at high T

*The term low temperature and high temperature are relative, For a particular reaction, high temperature could

mean roem.temperatures

Sample Problem 6.13 Calculate AG® at.1000 °C forthe following reaction and discuss its
spontaneity.

CaCO;y —» Ca0, + CO,

Solution:
For this reaction, AH® = +178.0 kJ and AS® =+160.4 J/K = 0.1604 kJ/K
Substituting T = 1000 +273 = 1273 K
AG=AH -TAS =(+178.0 kJ) — (1273 K) x (+0.1604 kJ/K)
=+178.0kJ —204.2 kJ
=-26.2 kJ

We conclude that this reaction is spontaneous at 1000 °C and 1 atm, since AG has negative
sign. In other words, at 1000 °C, limestone (CaCO;) will decompose in an open container.
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Quick Check 6.9

a) What do you expect about the entropy value of the following reactions, whether it would be
positive or negative?
i) Ny + 3H,, 2NH,(g) ii) 2HI, =" H,, *+ L,

b) Which of the following changes are likely to be spontancous?
i.  The smell from an open bottle of aqueous ammonia diffusing throughout a room
ii. Water turning to ice at -10 °C  iii. Ethanol vaporising at 20 °C
iv. Water mixing completely with salt

v. Limestone (calcium carbonate) decomposing at room temperature

EXERCISE

TR

MULTIPLE CHOICE QUESTIONS

Q.1  Four choices are given foi"each question. Select the correct choice.
I. Which of the following equations.represents standard heat of formation of C,H,?
a) 2C (diamond) + 2H,,, ——= C,H,,,
b) 2C (graphite) + 2H,, . ——=>'C,H,,
c¢) C (graphite) + Hy, ~—> %2 C,H,,
d) 2C (diamond) +4H, —> C,H,,,
II. Which of the following equations correctly defines lattice energy of MgCl,?
a) Mgy +Cl,,, —> MgCl, b) Mg**, +2Cl, —> MgCl,,,
c) Mg*,+2Cl, —> MgCl,, d)Mg*,+2Cl, —> MgCly,

II1. Suppose there are 100 molecules of a gas initially in jar A, which is connected to an
evacuated jar B. When the stopcock is opened, the possible ways of arrangement
of molecules will be:

a) 100 b) 1/100
c) 2100 dy 1/2100
IV. For a reaction to occur spontaneously,
a) (AH — TAS) must be negative b) (AH + TAS) must be negative.

¢) AH must be negative. d) AS must be negative.




V. The calorie content of food, often expressed in Calories (kcal), is fundamentally
related to which thermodynamic quantity during its metabolism or combustion?

a) Entropy change (AS) b) Gibbs free energy change (AG)
¢) Enthalpy change (AH) d) Specific heat capacity (c)
VI. Which of the following quantities is NOT typically determined using Hess’s Law?
a) Enthalpy change of formation b) Enthalpy change of combustion
c) Activation energy d) Enthalpy change of reaction

VII. Which of the following factors would lead to a greater enthalpy change of
hydration (more exothermic)?

a)

A larger ionic radius and a smaller charge

b) A smaller ionic radius and a smaller charge

c)
d)

A larger ionic radius and a larger charge

A smaller ionic radius and a larger charge

VIIIL.The enthalpy of solution can be expressed-in terms of which of the following
enthalpy changes?

a)
c)

AH lattice + AH hydration b) AH lattice AH hydration
_AH lattice + AH hydration d) _AH lattice AH hydration

IX. Which of the following reactions has an enthalpy change that is equal to the
standard enthalpy of formation of water; AH°,[H,0)]?

a)
c)

2Hg + Oy — H0,, b) Hzy) + 1202, — H20,
Hoy + 72024 — Ha20y, d) 2H + 0%y — H0y,

X. The enthalpy change for a reaction depends on:

a)
b)
c)
d)

Pathway takenfrom reactants to products
Presence-of a catalyst
Initial and final states of the reactants and products

Rate of the reaction

XI. Which of the following processes would typically result in an increase in entropy
of the system?

a)
c)
d)
XIL
a)
S

Freezing of water b) Condensation of steam
Dissolving a solid in a liquid

Formation of a crystal from a saturated solution

Consider a reaction with AH>0 and AS<O0. This reaction will be:

Spontaneous at all temperatures b) Non-spontaneous at all temperatures

Spontaneous only at high temperatures d) Spontaneous only at low temperatures




SHORT-ANSWER QUESTIONS

Q.2Attempt the following short-answer questions:

a.

b
c.
d

Differentiate between exothermic and endothermic reactions.

. What do you understand by the enthalpy of a system?

Differentiate clearly between entropy (S) and Gibbs free energy (G).

Distinguish clearly between standard enthalpy of reaction and standard enthalpy of
formation.

Define the following enthalpies and give one example of each.
(i) Standard enthalpy of solution (i1) Standard enthalpy of hydration
(ii1) Standard enthalpy of atomization (iv) Standard enthalpy of combustion

Explain why the lattice enthalpy of an ionic compound is typically a large negative
value.

What factors influence the magnitude of the lattice enthalpy?

Explain why the enthalpy of hydration is always an exothermic process for gaseous
ions. What are the main interactions responsible for the release of energy during
hydration?

For the reaction CH, 120, — CO5,#2H,0,, identify all the bonds that need to be
broken and all the bonds that need to'be formed'to carry out a bond energy calculation
of AH.

For a reaction to be spontaneous, what is. the required sign of the Gibbs free energy
change (AG)? Under what conditions of enthalpy change (AH) and entropy change
(AS) will a reaction always be spontaneous?

The enthalpy of solution can be either positive or negative. Explain what a positive
AH_, and a negative AH_, indicate about the energy changes during the dissolution
process.

Consider two ions with similar charges but different sizes, or similar sizes but different
charges. Explain how the concept of charge density can be used to predict which ion
will have a more exothermic enthalpy of hydration and why.

DESCRIPTIVE QUESTIONS

Q.3 State and explain Hess’ law. Give its two applications.

Q.4 What is lattice energy? How does Born-Haber cycle help to calculate the lattice

energy of NaCl?

NUMERICAL PROBLEMS

Q.5 (a) When 0.400 g NaOH is dissolved in 100.0 g of water, the temperature rises from
25.00 to 26.03°C. Calculate: (1). Qyue » (11). AH for the solution process

-




Q.6 By applying Hess’ law, calculate the enthalpy change for the formation of an aqueous
solution of NH,CI from NH; gas and HCI gas. The results for the various reactions
are as follows.

() NH,, +aq NH,,,—> A H=-35.16 kJ mol!
(ii) HCl, +aq HCl,,, — A H=-72.41 kJ mol!
(iii) NH,,,,+ HCI,, NH,Cl,,, —> A H=-51.48 kJ mol!
Q.7 Calculate the heat of formation of ethyl alcohol from the following information
(i) Heat of combustion of ethyl alcohol is —1367 kJ mol-!
(ii) Heat of formation of carbon dioxide is —393.7 kJ mol!
(iii) Heat of formation of water is —285.8 kJ mol™!

Q8 Using the information given in the table below, calculate the lattice energy of potassium

bromide.
Reactions AI—lfngmol'1
K., + % Br,, —> K'Br- 392
Ko =™Kg 90
K,— K", +e +420
% Br,, —> Br,, 112
Br +¢ —Br —342

Q.9 Calculate the entropy change of‘the surroundings AS®,,qine fOr the reaction at 298K :

2Ca, + Oy, 7> 2Ca0 "~ AHCion =—1270.2 kJ mol™!

Q.10 For the reaction: CaSQj, Ca*" ., + SO o)
Calculate AH®, AS® and AG® at 25 °C using the following data; and discuss its
spontaneity.
Enthalpy of Formation:

AHC; casdatiy = -1432.7 KJ, AHCt () = -543.0 KJ, AHC; 507 = -907.5 KJ

E/SItandard entropy:  S°cusoasy = 106.7 J/K, S i gy = —55.2 J/K, S°(SO:- = T17.2
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Student Learning Outcomes [ .€1) N1 Y65 B4

After studying this chapter, students will be able to:

Explain the rate of reaction, and rate constant. (Understanding)
Use experimental data to calculate the rate of a chemical reaction. (Application)

Use the Boltzmann distribution curve to explain the effect of temperature on the rate of a
reaction. (Understanding)

Describe the effect of temperature change on the rate<constant and rate of reaction.
(Understanding)

Explain the concept of activation energy and its roledn chemical reactions. (Understanding)

Explain the concept of catalyst and how they increase the rate of a reaction by lowering the
activation energy. (Understanding)

Interpret reaction pathway diagrams, ineluding in the\presence and absence of catalysts.
(Application)

Use rate equations, including orders of reaction and rate constant. (Application)

Calculate the numerical value of atate constant using the initial rates and half-life method.
(Application)

Suggest a reaction mechanism' that is ‘consistent with a given rate equation and rate
determining step. (Understanding)

Explain the relationship between Gibbs free energy change, AG® and the feasibility of a

reaction. (Understanding)

It is a common. observation
that rates of different chemical
reactions differ greatly. For
example, the reaction of NaCl
with AgNO; is very fast. The
hydrolysis of ester proceeds at a
moderate rate. Whereas, rusting
of iron is a slow process.

Reaction kinetics is the study
of the rates of chemical
reactions. It includes a variety
of experimental methods for
measuring reaction rates, orders
and mechanisms of reactions.

An explosion is a swift reaction that happens within a
fraction of a second, the rusting of iron is a slow process
that may take days or months. The rates of reactions
occurring during the explosion are enormous.




The rates of reactions and their control are often important in industry. They might be
the deciding factors that determine whether a certain chemical reaction may be used
economically or not. Many factors influence the rate of a chemical reaction. It is important
to discover the conditions under which the reaction will proceed most economically.

7.1 COLLISION THEORY

Collision theory explains how reactions occur. According to this theory, for a chemical
reaction to take place, the particles (atoms, ions or molecules) of reactants must form a
homogeneous mixture and collide with one another. These collisions may be effective or
ineffective depending upon the energy of the colliding particles. When these collisions are
effective, they give rise to the products, otherwise the colliding particles just bounce back.
The effective collisions can take place only when the colliding particles possess certain
amount of energy and they approach each other with the proper orientation. The minimum
amount of energy, required for an effective collision between theeacting species, is called
activation energy. Most of the reactions are slow, showing that-all the collisions are not
equally effective.

Quick Check 7.1 "
a) What role does the activation energy play in cheémical reactions?

b) How does the activation energy affect the rate of a reaction?

7.2 RATE OF REACTION

During a chemical reaction, reactants are converted into products. So, the concentration
of the products increases with-the corresponding decrease in the concentration of the
reactants as they are being consumed. The ‘rate of a reaction is defined as the change
in the concentration of a reactant or-a.product divided by the time taken for the change.

change in concentration of the substance

Rate of reaction = .
time taken for the change

AX
At

Rate of reaction =

Where Ax is the change in the concentration of a reactant or a product in a time interval At.

It is explained graphically in Figure 7.1. For the reactant A which is changing irreversibly
to the product B.

A—>B

The slope of the graph for the reactant or the product is steepest at the beginning. This
shows a rapid decrease in the concentration of the reactant and consequently, a rapid
increase in the concentration of the product. As the reaction proceeds, the slope becomes
less steep indicating that the reaction is slowing down with time, ultimately both the




curves become parallel. This is the stage of completion of reaction.

The rate of reaction has the units of

concentration divided by time. Usually, the % A—— » B
concentration is expressed in mol dm~ and ™ B
the time in second, thus the units for the +
reaction rate are mol dm>s!. .
=]
Rate of reaction = mol.dm'3 _ mol.dm‘3 S'l g Concentration of reactant
seconds g /
However, for a slow reaction the units may be |© “A”
mol dm= min’! or even mol dm>h-!. For a gas
phase reaction, units of pressure are used in 0 Time x
the place of molar concentrations. Figure 7.1 Change in the\concentration of reactants

. and products with-time for the reaction A — B
The rate of a general reaction, A — B, can P

be expressed in terms of rate of disappearance of the reactant A or the rate of appearance
of the product B mathematically, where [A] and [B] are the-concentrations of A and B,
respectively.
. A[A] A[B]
Rate of reaction = — =+
At At
. : . AIA] L : :

The negative sign with —,— indicates a decrease in the concentration of the reactant
A. Since the concentration of product increases with'time, the sign in rate expression
involving the change of concentration of product is positive.

7.2.1 Instantaneous and Average Raté

The rate at any one instant during the interval is called the instantaneous rate. Whereas
the average rate of reaction-is.defined-as, “The rate of reaction between two specific time
intervals or the rate over‘a time period”. The average rate and instantaneous rate are equal
for only one instant in ‘any time interval. At first, the instantaneous rate is higher than the
average rate. At the end of the interval the instantaneous rate becomes lower than the
average rate.

Sample Problem 7.1
The reaction for the formation of ammonia in Haber process is:
No@g + 3Hye) — 2NHyg,

If the concentration of ammonia is 3.5 mol. dm= after 1.0 min and 6.2 mol.dm™ after
4.0 minutes:
1. Calculate the instantaneous rate after 1.0 min

ii. What is the average rate of production of ammonia for the system, between 1.0 and
4.0 minutes?

-




i) Solution
The instantaneous rate at 1.0 min can be calculated as

AC  3.5mol dm™
Instantaneous Rate = — = ———————— = 3.5 mol dm~>min
At 1 min

-1

ii) Solution
AC = A[NH;] =(6.2-3.5) mol dm™ ; Ac = 2.7 mol dm
At=(4.0-1.0); At=3.0min
AC  A[NH;] 2.7 mol dm™
At At - 3 min

=0.90 mol-dm>min™!

Rate of formation of NH; =

The rate of production of NH; gas over the given time interval is 0:90-mol dm? min'.

Quick Check 7.2 40\

The reaction of hydrogen and iodine to make hydrogen iodide.at‘a'particular temperature,

H,(g) + I,(g) — 2HI(g) was studied at various times. At 100:0.s after the start of the reaction, the
iodine concentration had fallen from 0.010 mol dm™ to 0:0080 mol dm=. What is the average rate
of reaction during this period?

7.2.2 Measuring the Rate of a Chemical-Reaction

The measurement of rate of a chemical reaction " Table 7.1 Change in concentration |

involves the determination of the concentration of | of HI with regular intervals
reactants or products at regular time intervals as the | 2HI g —Hy gyt
reaction progresses. Concentration of Time (s)
To determine the rate of a feaction for.a.given length || HI (mol dm™)

of time, a graph is plotted between. time on x-axis 0.100 0
and concentration of a’reactant on y-axis, whereby ||0.0716 50

a curve is obtained~To illustrate it, let us investigate || 0.0558 100
the decompositiofof HI to H, and 1, at 50 °C, for ||0.0457 150
which the experimental data is given in Table 7.1. By 0.0387 200
using the data, a graph is plotted as shown in Figure | [0.0336 250
7.2. The graph is plotted between time on x-axis and 0.0296 300

concentration of HI in mol dm™ on y-axis. Since HI
is a reactant, therefore, it is a falling curve. The steepness of the concentration-time curve
reflects the progress of the reaction. Greater the slope of the curve near the start of reaction,
greater is the rate of reaction.

In order to measure the rate of reaction, draw a tangent say, at 100 seconds, on the curve
and measure the slope of that tangent. The slope of the tangent is the rate of reaction at
that point i.e., after 100 seconds. A right-angled triangle ABC is completed with a tangent
as hypotenuse. Figure 7.2 shows that in 100 sec, the change in concentration is 0.04 mol
dm3. The rate is then calculated by using the following expression.




AC RS S o S o o ]

Rate of reaction = — X !
At 0.10
3 0.09
rate = 0:04moldm™ _ 4104 11101 dme3 5! oo AN
100 sec > A
. . ! 0.07 R §
This value of rate means that the concentration | 0 \ g
of HI is decreasing by 2.5 moles per dm> every | [H1] 006 o an
second during the given interval. 005 2\
. . Ye A i
If we plot a graph between time on x-axis and | 00412 5L N g
concentration of any of the products i.e H, or I,, | e ~
then a rising curve is obtained. The value of the | 0.02 =
tangent at 100 seconds will give the same value of | 0.01
rate of reaction. 0
{ 0..50 100 150 200 250 300 350 Y
Time (s) (
. Figure 7.2 The change inthe HT

concentration with time to the reaction

2HI,) ——» Hy(,) tly,) at 508°C

Quick Check 7.3 70 W

a) Plot the data in Table 7.1 for HI in yournote book:

b) Calculate the rate after 300 sec (when'the concentration is 0.03 mol dm3) by drawing a
tangent.

¢) Use the same method to calculate the,ratevof reaction at HI concentrations of 0.10 mol
dm3, 0.050 mol dm > and 0,02 mol dm=.

d) What do you deduce aboutthe rate of the reaction with time from these calculations?
e) At which concentrationsthe rate is highest, and lowest?

7.2.3 Measurement of Concentration

The change inconcentrations of reactants or products can be determined by both physical
and chemical-methods depending upon the type of reactants or products involved.

a) Chemical Method

This is particularly suitable for reactions in solution. In this method, we do the chemical
analysis of a reactant or a product. The acid hydrolysis of an ester (ethyl acetate) in the
presence of a small amount of an acid is one of the best examples.

0
CH,COO,Hs y, + Hy0)y ————% CH,;COOH ) + C,H;OH )

In the case of hydrolysis of an ester, the solution of ester in water and the acid (acting as a
catalyst) are allowed to react. After some time, a sample of reaction mixture is withdrawn
by a pipette and run into about four times its volume of ice-cold water. The dilution and
chilling stop the reaction.




The acid formed is titrated against a standard alkali, say NaOH, using phenolphthalein as
an indicator.

The analysis is repeated at various time intervals after the start of reaction. This would
provide an information about the change in concentration of acetic acid formed during the
reaction at different time intervals.

b) Physical Methods

Some of the methods used for the measurement of concentration are as follows:

i) Spectrophotometry or colorimetry

This method is applicable if a reactant or a
product absorbs ultraviolet, visible or infrared
radiation. The rate of a reaction can be
measured by measuring the amount of radiation
absorbed. For the reaction shown in Figure
7.3, the concentration can be measured using
the colorimetry.

ii) Electrical conductivity method

The rate of a reaction involving ions can be Figure7.3 The concentration change for this
studied by electrical conductivity method: The reactiofi’can be determined using colorimetry.
conductivity of such a solution depends upon the rate’of change of concentration of the
reacting ions or the ions formed during the reaction. The conductivity will be proportional
to the rate of change in the concentration of'such ions.

iii) Volume change method

This method is useful for those reactions which
involve changes in volumes of gases as shown
in Figure 7.4. The volume change is directly
proportional to the extent of reaction and
changes in concentration.

et - =
Figure 7.4 Rate of reaction can be followed by
measuring the change in volume of a gas given

off in a reaction.

@§ Interesting Information

The rates of some very fast reactions can be monitored using stopped-flow spectrophotometry. In
this technique, very small volumes of reactants are driven at high speed into a mixing chamber.
From here they go to an observation cell, where the progress of the reaction is monitored (usually
by measuring the transmission of ultraviolet radiation through the sample). A graph of rate of
reaction against time can be generated automatically.




7.3 FACTORS AFFECTING RATE OF A CHEMICAL
REACTION

In general, the rates at which reactants are consumed and products are formed during
chemical reactions vary greatly. Even a chemical reaction involving the same reactants
may have different rates under different conditions. The factors affecting the rate of a
reaction are:

i. Concentrations of the reactants éi@ Did You Know?
ii. Temperature of the system In the case of reactions that involve gaseous

reactants, an increase in pressure increases the
concentration of the gases which leads to an
increase in the rate of reaction-However, pressure
change has no effect on therate of reaction if the
reactants are either solids orliquids.

iil. Surface area
iv. Catalyst

7.3.1 Concentration

According to the law of mass action, )

b)
the greater the concentration of the Dn Jg o g}:%::: o © ©
reactants, the more rapidly the reaction Xk ﬂ‘ o
proceeds. When the concentration g'f% b o b M ©
of one or more reactants increases, = E- o e -
the rate of reaction increases. This is © O iﬂ" Wi © i “Pr
because increasing the concentration Mol © _*’?}?ﬂr .5__}0":{ ©
results in more collisions between the | ?é © }; e 'ﬁ“ e
reacting particles, which speeds up the '
reaction. Figure 7.5 The reaction in box a) will occur faster

than that in, b) due to the higher concentration.

7.3.2 Temperature
(Maxwell-Boltzmann distribution curve)

Increase in temperature increases the reaction rate. It has been observed that rate either
doubles or triples for every 10 °C rise in temperature. Temperature usually has a major
effect on the.rate of reaction. Molecules at higher temperatures have more thermal energy.
So, they collide more frequently and with greater energy.

The Boltzmann distribution curve is a graph that shows the distribution of energies at
certain temperature. In a reaction, a few particles will have very low energy, a few particles
will have very high energy, and many particles will have energy in between. The distribution
of energies at a given temperature can be shown on a graph as shown in Figure 7.6, this is
called the Boltzmann distribution curve. As you know that the activation energy is the
minimum energy required for colliding particles fruitfully to convert into the product. The
shaded area under the graph as shown in Figure 7.6 represents the proportion of molecules
that have enough energy to cause a chemical change when they collide. The area under the
curve represents the number of particles. The shaded area shows the number of particles
with energy greater than the activation energy, E,.

-




E — at and above this energy the molecules
have enough energy to collide effectively

&

Q

o Number of molecules

WV

yi
|

0 Molecular energy
Figure 7.6 The Boltzmann distribution curve showing molecular energies and ac¢tivation energy

As the temperature of a reaction mixture is raised, the average-kinetic energy of the
particles increases. The reacting particles move around more-quickly at a higher
temperature, resulting in more frequent collisions. Therefore,.the proportion of successful
collisions also increases greatly as shown in Figure 7.7. The curve showing the Boltzmann
distribution at the higher temperature flattens and the peak shifts to the right. For 10 °C
rise in temperature, the shaded area under the curve‘approximately doubles. In conclusion,
increasing the temperature increases the rate of a reaction.

Fraction of Collisions

A

Ea (Activation Energy)

The peak lowers and
T,> T, shifts to the right.

Greater fraction with
enough energy to react

Collision Energy

Figure 7.7 The Boltzmann distribution of molecular energies at temperatures T, and T,

Quick Check 7.4

a) What is the Boltzmann distribution curve?

b) Explain why a 10 °C rise in temperature approximately doubles the rate of a reaction.

7.3.3 Catalyst

A catalyst is defined as a substance which alters the rate of a chemical reaction, but remains
chemically unchanged at the end of the reaction. A catalyst is often present in a very

small amount. For example,

the reaction between H, and O, to form water is very slow at

ordinary temperature, but proceeds more rapidly in the presence of platinum. Platinum acts
as a catalyst. Similarly, KCIO; decomposes much more rapidly in the presence of a small
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amount of MnO,. HCl is oxidized to Cl, in the presence of CuCl,.

P
2H,+0, ———>2H,0
MnO
2KCIO,  ———2—>2KCl + 30,
CuCl
4HCI + 0, ——2—>2H,0 + 2Cl,
The process, which takes place in the presence of a catalyst, is called catalysis. A catalyst
provides a new reaction path with a low activation energy barrier, as shown in Figure
7.8. A greater number of molecules are now able to get over the new energy barrier and

reaction rate increases.

...................... . Activation Energy
without.catalyst

with catalyst

Energy

' I Activation Energy

Reactants

Products

\

Progress of reaction

Figure 7.8 The energy‘path diagramfor an uncatalyzed and a catalyzed reaction

Types of Catalysis

i) Homogeneous Catalysis

In this process, the catalyst and the reactants are in the same phase and the reacting system
is homogeneous throughout. The catalyst is distributed uniformly throughout the system.
For example:

1. The formation of SO;, from SO, ,) and O, in the contact process for the manufacture

of sulphuric acid, needs NO,) as a catalyst. Both the reactants and the catalyst are
gases.

NO
@
280, g + Oy g =—> 2805,

ii. Esters are hydrolyzed in the presence of H,SO,. Both the reactants and the catalyst are
in the solution state.

H+
CH;COOCH,CHy,,, + H,0,, ——> CH;COOH,,, + CH;CH,0H,,

Ethyl ethanoate Ethanoic acid Ethanol




@%@ Did you Know!

Biochemical catalysts, commonly known as enzymes (nature’s catalyst) are essential molecules
in living organisms’ functions by lowering the activation energy required for a chemical reaction
to proceed, thereby increasing the reaction rate. Enzymes are typically proteins. Factors such as
pH, temperature, and the concentration of substrate molecules can influence enzyme activity.

ii) Heterogeneous Catalysis

In such systems, the catalyst and the reactants are in different phases. Mostly, the catalysts
are in the solid phase, while the reactants are in the gaseous or liquid phase. For example,
the oxidation of ammonia to NO in the presence of platinum gauze_to produce HNO;
industrially through the hetrogeneous catalysis.

Pt, 800 °C
4NH; ) + 50,4, > 4NO,)+ 6H,0p,

Hydrogenation of unsaturated organic compounds is catalysed by finely divided Ni, Pd or

Pt.
Ni, 150 °C
CoHyg)+ Hyg CoHy g

@%@ Interesting Information

Vitamins are organic compounds that act as catalysts in-biochemical reactions, especially when
they function as coenzymes. Coenzymes are organic molecules that help enzymes catalyze
reactions more efficiently. For example, Vitamin K, is necessary for blood clotting. Low levels
of vitamin K can cause bleeding diathesis. A lack-of vitamins can disrupt metabolic balance in
cells and organisms. Vitamin deficiency is an'example of a cofactor deficiency.

Quick Check 7.5 (97 N\~

a) Can a catalyst beiconsumed in a chemical reaction? Why or why not?
b) Explain whether the reaction below is an example of heterogeneous or homogeneous
catalysis:

V,0; (solid)
280, + Oy ————> 2505,

¢) Draw an energy profile diagram to show a typical uncatalysed reaction and an enzyme-
catalysed reaction.

On your diagram show the activation energy for:
1) Catalysed reaction

i1) Uncatalysed reaction
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7.4 RATE LAW, RATE CONSTANT AND ORDER OF
REACTION
7.4.1 Rate Law and Rate Constant

The rate of a chemical reaction at a given temperature may depend on the concentration
of one or more reactants and products. The representation of rate of a reaction in terms of
concentration of the reactants is known as rate law. A rate law is an equation that relates
the rate of a reaction to the concentrations of reactants raised to various powers according
to the experimental data.

For a general reaction between A and B where ‘a’ moles of A and ‘b’ moles of B react to
form ’c’ moles of C and ’d’ moles of D.

aA+bB ——— > cC+dD
We can write the rate equation as:
Rate =k [A]* [B]Y

Where x and y are the experimentally determined values that may or may not be equal to
the coefficient of reactants in the balanced chemical-equation, as ‘a’ and ‘b’ in the above
equation. This expression is called rate equation:, The brackets [ ] represent the molar
concentrations and the proportionality constant k'is called rate constant for the reaction.

If [A]=1mol dm> and [B] = I mol dm?
Rate of reaction = k x 1* x 1Y =k (rate constant)

The rate constant can be defined as““The specific rate constant of a chemical reaction is
the rate of reaction when the concentrations of the reactants are unity”. Under the given
conditions, k remains constant, but.it.changes with temperature.

7.4.2 Reaction Order

The exponents ’x’ or ‘y” in the above equation give the order of reaction with respect to
the individual reactants. “The order of a reaction with respect to a specific reactant is
the exponent applied to that reactant’s concentration within the rate equation”. Thus, the
reaction is‘of order ‘x’ with respect to A and of order ‘y’ with respect to B. The overall
order of reaction is (x+y). The order of a reaction defines how the reactant concentration
influences its rate. For a single-reactant, the order is simply the concentration’s power in
the rate equation.

The chemical reactions are classified as zero, first, second and third order reactions. The
order of reaction provides valuable information about the mechanism of a reaction.

It is crucial to differentiate between the order concerning a single reactant and the overall
reaction order.

Take equation for the reaction of nitrogen (II) oxide (NO) with H:
2Hyg) + 2NOy, ? Ny + HyO g




The experimentally determined rate expression for this is,
rate = k[H2][NO]?

The expression shows that this reaction is:

i. first-order with respect to Ha

ii. second-order with respect to NO

iii. third-order overall (1 +2 = 3)

@% Keep in Mind

The order of a reaction is given by the sum of all the exponents to which the coneentrations in the
rate equation are raised. It is important to note that the order of a reaction is @an,experimentally
determined quantity and cannot be inferred simply by looking at the reaction equation. The sum
of the exponents in the rate equation may or may not be the same as\in a balanced chemical
equation.

Quick Check 7.6 ~
a) How order of reaction is derived from the rate law?

b) Explain what is meant by the specific rate-(rate constant) of a reaction and how it is
represented in rate equation.

7.4.3 Types of Reaction Order

Zero Order Reaction

The rate of a zero order reaction‘is independent of the concentration of the reactants. A
change in the concentration has no effect on the speed of the reaction.

For the general reaction:

A — Product
Rate = k [A]°
Examples: sunlight
i) Higg), ™ Cly () =—===2HCly,

Rate = k [H,]°[CL]° = k
high T

catalyst

Rate =k [NH;]°=k
Photochemical reactions are usually zero order.

First Order Reaction

A reaction for which the some of the exponents of the concentrations in the rates equations
is 1. In these reactions, there may be multiple reactants present, but concentration of only




one reactant will change during the reaction. Examples of a first order reaction is the
decomposition of nitrogen pentaoxide, which involves the following equation.

2N,O54) =™ 2N,04,) + Oy
The experimentally determined rate equation for this reaction is as follows:
Rate = k[N,O5]'! (n=1)
This equation suggests that the reaction is first order with respect to the concentration of
N,O:s.
Second Order Reaction

A reaction for which sum of the exponents of the concentrations in the-tat€ equation is 2.
A second order reaction is a reaction whose rate depends either on-the’concentration of
one reactant raised to the second power or on the concentrations of two different reactants,
each raised to the first power. The simpler type of reaction involves one kind of reactant
molecule. Hypothetically, it can be expressed as:

Rate =k[A]> (n=2)
Rate =k [A]'[B]' (n=d+1=2)

Oxidation of nitric oxide with ozone is first order with respect to NO and first order with
respect to O5. The sum of the individual ordets gives the overall order of reaction as two.

Third Order Reaction

A third order reaction is the reactionsfor which'sum of the exponents of the concentrations
in the rate equation is three.

Rate =k[A]*  (n=3)
or Rate =k [A]’[B}L . (n=2+1=3)
or Rate =k [A]YB]'[C]' (n=1+1+1=23)

2FeCly,, + 6K,y —> 2Fel, () + 6KCl o + 1,

This reaction-involves eight reactant molecules but experimentally it has been found to be
a third order reaction.

Rate = k[FeCl;][KI]?
also, the following reaction is third order
2NO(y) 4 Oyy) — > 2NOy, Rate = k[NOJ?[O,]'
order=1+1=2

Fractional Order Reaction

A reaction in which the sum of exponents of rate equation is in fraction, is called the
fractional order reaction. For example, consider the formation of carbon tetrachloride
from chloroform.

-




CHClyg, + Cly, —————> CCly,+HCl,
1
Rate =k[CHCI,] [C1,] 12 n=l+— =15

Reactions involving free radicals frequently exhibit fractional orders.

7.4.4 Units of Rate Constant

The rate constant is specific for a particular reaction at a certain temperature. Since
concentrations are in mol dm= and the reaction rate is in units of mol dm> s'!. The units
for k depend on the order of the reaction and the units of time.

Rate = k[Reactants]” where n = order of reaction

K = Rate _ (mol dm -3) s7!
(Rectants)? (mol dm )"
ork, = (moldm?3)!I" gl

ork, = (concentration)!" s’
This equation can be used to determine units of any order of reaction.
For a zero order reaction (n = 0),

ko = (moldm)0 ¢!

ko, = moldm™ s!

For a first order reaction (n = 1), the.rate is directly proportional to the concentration of
one reactant.

k;* = (mol'dm3)!-! ¢!
k, =(mol dm3)°s!
k, = s
1

Therefore, the units of k for a first order rate constant are s™'.

For a second order reaction (n = 2),
k, = (moldm3)'-2 ¢!
k, =mol!dm?s!
k, =dm’mol's’!
The units of k for a second order rate constant are dm> mol! s!.
For a third order reaction (n = 3),
k; = (mol dm3)!-3 ¢!
k; = mol?dmSs’!

k; = dm®mol?s’!

Therefore, the units of k for a third order rate constant are dm°® mol2s!.
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Quick Check 7.7
a) Consider the following rate expression:
rate = k[NOJ]? [NH;]°
rate = k[BrO;][Br-][H]?
i) Calculate the overall order of reactions.
i) What are the orders with respect to each reactant in the expression.

¢) Why the sum of the coefficients of a balanced chemical equation is not necessarily
important to give the order of a reaction?

7.5 DETERMINATION OF RATE CONSTANT

The rate constant (k) of a reaction can be calculated using the following two methods:

7.5.1 Initial Concentration Method

In the presence of hydrogen ions, hydrogen peroxide, H,O,, reacts with iodide ions to form
water and iodine:
Hy02609) + 28 (ag) + 2H' (ag)  —————7> 2Hy0() + Lyag)

The rate equation for this reaction is:
k[H,0,]

[15]
The progress of the reaction can be followed by measuring the initial rate of formation of

iodine. Table 7.2 shows the rates of the reaction obtained using various initial concentrations
of each reactant.

rate of reaction =

The procedure for calculating k is.shown'below, using the data for experiment 1 in Table
7.2.

Step 1 Write out the rate equation.
K[H;0,]
(1]

Step 2 Rearrange the equation in terms of k

rate of reaction =

rate x [I7]
[H,0,]

Step 3 Substitute the values

3.50 x 106 x (0.0100)

(0.0200)
k=1.75 x 102 dm3 mol! s7!




Table 7.2 Effect of change in concentrations of reactants on the rate of reaction

Experiment [H,0,] 1] [HT] Initial rate of
mol dm3 mol dm3 mol dm>3 reaction
mol dm3 s7!
1 0.0200 0.0100 0.0100 3.5x10°°
0.0300 0.0100 0.0100 53x10°
3 0.0050 0.0200 0.0200 1.75 % 10°°

The concentration of hydrogen ions is ignored because [H'] does not appear in the rate
equation. The reaction is zero order with respect to [H'].

7.5.2 Half-Life Method

“Half-life, t,, , is the time taken for the concentration of a reaetant to fall to half of its
original value”. Calculating the rate constant (k) using the half-life method involves
measuring the time it takes for the concentration of a reactantto decrease by half.

If the reaction is first-order, then the rate constant and the half-life of the reaction are
related in the following way:
0.693

k =
t

Here is an example to help you understand how the process is done. A sample of hydrogen
peroxide has a half-life of 2 hours. It decomposes in a first-order reaction. Calculate the
rate constant, k, for this reaction.

To calculate k, we first need to convert the half-life into seconds:
2 x460 % 60 =7200 s
We then simply substitute this value into the equation:
0.693
7200 s

k=9.6x107s"!
Sample Problem 7.2

The conversion of cyclopropane to propene is a first order raections. The half-life is 17.0
min, Calculate the rate constant of this reaction.

Solution:

Step 1 convert minutes to seconds

Step 2 substitute the half-life into the expression:
0.693

tip




REACTION KINETICS

0.693
17 x 60 s
k=6.79 x 107* dm3 mol! s!

Consider a first-order reaction with a half-life of 15 minutes. If the initial concentration of the
reactant is 0.100 mol dm™, calculate the rate constant (k) for the reaction.

7.6 REACTION MECHANISM

A reaction mechanism is a detailed, step by step description of how a.Chiemical reaction
occurs at the molecular level to yield the product(s). Unlike the overall balanced chemical
equation, which only shows the reactants and products, the reaction'mechanism reveals the
actually happening individual steps (called elementary steps) that lead to the formation of
products. Each of these steps represents a single molecular event, such as the breaking or
forming of bonds.

Many reactions do not occur in a single step, but ratherproceed through a series of steps.
Each step is called an elementary reaction and is directly caused by the collision of atoms,
ions or molecules. The number of reactant molecules involved in an elementary step is
called its molecularity.

A unimolecular elementary reaction invelves.only asingle reactant molecule. The example
of a unimolecular reactions is the decomposition. of N,Os.

N205(g) %R NOZ(g)+NO3(g)

An elementary reaction that involves_two atoms, ions or molecules and is called
bimolecular. For example;

CO@+NO,y  =—————> NOy;+ COyy
NOy) + O3 —————> NOyu + Oy

A termolecularr€action step involves the simultaneous reaction of three molecules. Such
reactions are rare. An example is the reaction between oxygen molecules and atomic
oxygen to form ozone in the stratosphere or during smog formation.

205t Oy ————> O3+ Oy

Intermediates are short lived species (ions or free radicals) that are produced in one step
of the mechanism and consumed in a subsequent step. They do not appear in the overall
balanced equation because they are not stable products.

Rate Determining Step

In many reaction mechanisms, one step is significantly slower than all the others. This
step is called the rate-determining step. This step controls the overall rate of the reaction
because it limits the speed at which the reaction can proceed. The balanced equation for
the overall reaction is equal to the net result of all the individual steps. In a chemical




reaction, any step that occurs after the rate-determining step will not affect the rate. So the
atoms, ions or molecules taking part in the mechanism after the rate-determining step do
not appear in the rate expression. All reactants that appear in the rate-determining step will
also appear in the rate equation. As the rate-determining step limits the rate of the overall
reaction, the order of a reaction can be deduced from the rate determining step.

Lets consider the following reaction:
ZNOy) + 2Hy, ? 2Hy0() + Nog)

Table 7.3 shows the results of six experiments. In the first three experiments, the
concentration of H, is increased by keeping the concentration of NO constant. By doubling
the concentration of H,, the rate is doubled and by tripling the concentration-of H,, the rate
is tripled. So, the rate of the reaction is directly proportional to.the first power of
concentration of H,.

Rate oc [H,]!

In the next three experiments, the Table 7.3,Effect of change in conceqtrations
concentration of H, is kept constant. By gf reaants on the rate of reaction

doubling the concentration of NO, the rate r%(xﬁl [H,] in Initial rate
increases four times and by tripling the ( dm) (mol dm3) | (atm min™")

concentration of NO the rate is increased 0.006 0.001 0.025

nine times. So, the rate is proportional to the 0006 0.002 0.050

square of concentration of NO. 0.006 0'003 . 6075
5 ) . .

Rate o< [NO] 0.001 0.009 0.0063

The overall rate equation of reaction.is, 0.002 0.009 0.025

Rate oc [H,][NOJ? 0.003 0.009 0.056

or Rate = k[H,]'[NOJ?
Order =1+2=3

Hence, the reaction isa third order one. This final equation is the rate law for this reaction.
It should be kept.in mind that rate law cannot be predicted from the balanced chemical
equation. The possible mechanism consisting of two steps for the reaction is as follows.

Slow

Step 1: 2NOy) + Hyy ——— > Nyt HyOy) (rate determining step)

Fast
Step 2: H202 (g)+ Hz(g) _— 2H20(g)

The step 1 is slow and rate determining.
Another example is the reaction between nitrogen dioxide and fluorine gas:
ZNOyg) + Fagg) 7 2NO,F,

This reaction is first order in NO,, first order in F, and second order overall. The
experimental rate law is first order in NO, and in F,:

Rate = k£ [NO,][F,] (Observed)
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The accepted mechanism for the reaction is:

1 .
Step 1: NOyy)+ Fary —22 5 NO,F, + Fyy Rate = k;[NO,][F,]
Step 2: NOyy + Fyy —2L— NO,F, Rate = k,[NO,][F]

The first step is slow and determines the rate, in agreement with the observed rate
expression. The second and fast step does not affect the reaction rate because fluorine
atoms react with NO, as soon as they are produced.

Quick Check 7.9

An acidified solution of hydrogen peroxide reacts with iodide ions.
Hy05g) + 2HTag) + 21 gy = 2H20() * Lygq
The rate equation for this reaction is
rate = k [H,0,] [I']

The mechanism below has been proposed for this reaction.

H,0, + I —Slow S H,0 + 10~
H' + 10~ —Fast_« MO

HIO+H +I —Et 5 1, +H,0

Explain why this mechanism is consistent with.therate equation.

EXERCISE

Dot

MULTIPLE CHOXZCE QUESTIONS

Q.1 Four choicesdare given for each question. Select the correct choice.
I. The rate of reaction:

a) Increases,as the reaction proceeds

b) Decreases as the reaction proceeds

¢) Remains the same as the reaction proceeds

d) May decrease or increase as the reaction proceeds

II. Increasing the temperature of a chemical reaction increases the rate of a reaction
because:

a) Both the collision frequency and collision energies of reactant molecules increase
b) Collision frequency of reactant molecules increases

c) Activation energy increase

d) Activation energy decrease




III. Consider two reactions with different activation energies at the same temperature.
The reaction with the lower activation energy will have:

a) A smaller rate constant b) A larger rate constant
¢) The same rate constant
d) A rate constant that depends on the enthalpy change
IV. The order of a chemical reaction, that is independent of concentration is:
a) Second order reaction b) First order reaction
¢) Zero order reaction d) Pseudo first order reaction
V. On a Boltzmann distribution curve, the area under the curve represents:
a) Activation energy of the reaction.
b) Total number of molecules in the sample.
c) Average kinetic energy of the molecules.
d) Rate constant of the reaction.
VI. On a Boltzmann distribution curve, the activation energy (E,) is represented by:
a) The height of the peak
b) The area under the entire curve
c) A vertical line drawn at a specifickinetic energy value
d) The difference between the peak and the X-axis

VII. If we double the concentration of a reactant, the rate increases by four times,
the reaction is:

a) Second order b) First order
¢) Third order d) Zero order
VIII. The rate determining step in a multi-step reaction is:
a) Always the first step b) Always the last step
c) The slowest step d) The fastest step

IX. The reaction NO,,) + CO,) — NO ) + COy) occurs in two steps. What is the rate
law equation for this reaction?

2NO, — NO + NO;, (k) slow
NO; + CO — CO, +NO, (k,) fast
a) R =k, [NO,]3 b) R =k, [NO;][CO]

c) R=k, [NO,] d) R=k, [N02]2
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X. How does the presence of a catalyst affect the rate of a chemical reaction?
a) It always decreases the rate of the reaction.
b) It always increases the rate of the reaction.
c) It increases the rate of the forward and decreases the rate of the reverse reaction.
d) It increases the rate of both the forward and reverse reactions.
XI. On an energy profile diagram, the presence of a catalyst is represented by:
a) A higher peak representing the activation energy.
b) A lower peak representing the activation energy.
¢) A change in the energy level of the reactants or products.
d) A shift in the equilibrium position.
XII. The units of the rate constant (k) for a reaction depéend-on the:
a) Activation energy of the reaction
b) Temperature of the reaction
¢) Overall order of the reaction
d) Stoichiometry of the balanced chemical equation

XIIIL A first-order reaction has a half-life (t,,) of 20 minutes. What is the value of its
rate constant (k)?

a) 0.05 min’! b).0.693 min'!
¢) 0.0347 min! d) 13.86 min™!
SHORT ANSWERQUESTIONS

Q.2 Attempt the following short-answer questions:
a) What do you understand by the rate of a reaction?

b) Give the difference between enthalpy change of reaction and energy of activation of
reaction

¢) Differentiate clearly between order and molecularity of a reaction.

d) Why the instantaneous rate changes during a reaction?

e) Briefly summarize the effects of temperature and surface area on the rates of reactions.
f) Justify that the radioactive decay is always a first order reaction.

g) Areaction is second order with respect to a reactant. How is the rate of reaction affected
if the concentration is doubled and reduced to half?

h) What is meant by half-life and what is it used for?

i) Why does wood burn more rapidly in pure oxygen than in air?

j) A catalyst lowers the activation energy of a chemical reaction. Illustrate it.




k) The rate constant for a certain reaction is 3.5x107* s™! at 25°C. What is the order of the
reaction.? Explain based on the units of the rate constant.

1) If the initial concentration of the reactant is 0.50 mol dm3, calculate the initial rate of
the reaction.

m) How would the rate of this reaction change if the concentration of the reactant were
doubled?

n) A certain first-order reaction has a rate constant of 2.5x1073 s™!. Calculate the half-life
of the reaction in minutes.

0) A radioactive isotope decays by a first-order process with a half-life of 12 hours.

Calculate the rate constant for the decay in s !.

DESCRIPTIVE QUESTIONS

Q.3 Relate the order of a reaction to the rate law for the reaction.-How do you distinguish
between zero order, first order and second order reaction?

Q.4 How do you find the numerical value of a rate. constant by initial and half-life
methods?

Q.5 How does the activation energy profile of an.uncatalyzed reaction compare with that
of the catalyzed reaction?

Q. 6 The reaction between hydrogen peroxide (H,O,)and iodide ions (I") in acidic solution
is believed to occur via the following mechanism:

Step 1: H,0, +I" — H,0 + O~ (slow)

Step 2: OI" + H* — HOI (fast)

Step 3: HOI + I + H" = H,0 + I5.(fast)
1) Write the overall balanced equation for the reaction.
i) Identify any intermediates and catalysts in this mechanism.
ii1) Whatis the rate-determining step?

iv) Write'the rate equation for the reaction, expressing it in terms of the reactants
in-the overall reaction.

NUMERICAL PROBLEMS

Q.6 Calculate the reaction rate if the concentration of A is 0.5 M, the concentration of B
is 0.2 and the rate constant k is 4.0M2s"!. Given the rate law for a reaction: Rate =
k[A][B]*.

Q.7 A first order reaction is found to have a rate constant, k = 5.5 x 10"'* s’!. Find the
half-life of the reaction.




Temp. Rate constant
(K) (cm? mol~'S™!) (K)
500 6.814x 104
550 2.64x 1072
600 0.56 x 10°
650 7.31 x 10°
700 66.67 x 10°

Q.8 Three experiments that have identical conditions were performed to measure the

initial rate of the reaction. 2HI(g) — H,(g) + L,(g)

Experiment [HI] (M) | Rate (IM/s)
1 0.015 1.1x1073
2 0.030 4.4%1073
3 0.045 9.9x103

Write the rate law for the reaction. Find‘the wvalue and units of the specific rate
constant, k.

-
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Student Learning Outcomes Qe8I P.G KL Xen I B.GEL]

After studying this chapter, students will be able to:

e  Describe the microscopic events that occur when a chemical system is in equilibrium. Define with

CHEMICAL EQUILIBRIUM

examples. (Understanding)
e Differentiate between microscopic and macroscopic events in a chemical reaction. (Understanding)

e  Propose microscopic that account for observed macroscopic changes that take place during a shift in
equilibrium. (Understanding)

e Describe what is meant by a reversible reaction and dynamic equilibrium in terms of the rate of
forward and reverse reactions being equal and the concentration of reactants and products remaining
constant. (Understanding)

e  Define dynamic equilibrium between two physical states. (lKmowledge)

e  Deduce the equilibrium constant expression [K. ] fromjan equation for homogeneous reaction.
(Understanding)

e  Determine the relationship between different equilibrium constants (K.) for the same reaction at the
same temperature. (Understanding)

e Write the equilibrium expression fora-given chemical reaction in terms of concentration, K, partial
pressure K, number of moles K, and mole fraction K,. (Application)

e  State the necessary conditions for equilibrium and the ways that equilibrium can be recognized.
(Knowledge)

e State Le Chatelier’s Principle and be able to apply it to systems in equilibrium with changes in
coneentration, pressure, temperature, or the addition of catalyst. (Knowledge)

e Determine if Kc will increase or decrease when temperature is changed, given the equation for the
reaction. (Understanding)

e  Explain industrial applications of Le Chatelier’s Principle using Haber’s process and the contact
process as an example. (Understanding)

e Discuss the industrial applications of chemical equilibria and how it can be used to optimize chemical
reactions to maximize yields and minimize waste products. (Understanding)

e  Use of concept of hydrolysis to explain why aqueous solutions of some salts are acidic or basic.

(Application)




The reactions in which the reactants are completely consumed and converted into products
are called irreversible reactions. Such reactions stop when the limiting reactant is used
up. However, some reactions continue in both directions, i.e., forward and reverse, without
changing the concentration of reactants and products under the existing conditions. Such
reactions never stop and are called reversible reactions. When a reversible chemical
reaction takes place in a container which prevents the entry or escape of any of the
substances involved in the reaction, the quantities of these components change as some are
consumed and others are formed. These reactions eventually reach a stage called chemical
equilibrium. At this point, the concentrations of reactants and products become constant
and the rates of the forward and reverse reactions become equal.

This chapter will deal with the equilibria of reversible processes, both physical and
chemical changes. Examples of some reversible reactions are given below :

—_ N\
Ny(g) + 3Hy ) == 2NH;,,

2NOy ) == N30y
PClsg) PCly ) 1Cly

The double arrow tells that the reaction is reversible.

8.1 MACROSCOPIC EVENTS AND MICROSCOPIC EVENTS

8.1.1 Macroscopic Events

Macroscopic events refer to the phenomena that ean be observed with the naked eye
without considering the individual pazticles ormolecules involved in the process. Change
in colour, the evolution or absorption of heat, the formation of precipitate, evolution of
a gas, change in volume or pressure and.change in the composition of a substance in a
chemical reaction are examples of macroscopic properties.

8.1.2 Microscopic Eyénts

Microscopic events refer to the phenomena that cannot be observed with the naked eye.
The collisions between molecules, breaking and forming bonds, rearrangement of atoms in
molecules and'loss or gain of electrons are examples of microscopic events.

8.2 REVERSIBLE REACTIONS, MICROSCOPIC EVENTS
AND DYNAMIC EQUILIBRIUM

When a reversible reaction is at equilibrium, it would apparently seem to be static.
However, at microscopic level, the reaction never stops and molecules are continuously
under change. The reactant molecules convert into products, while at the same time, the
reverse process happens. To study at micro scale that affect the macroscopic properties of
the system.

Consider the reaction between steam and carbon monoxide under appropriate conditions.
On mixing these gases, macroscopic changes are observed (e.g., changes in concentration).
Suppose that the reaction is started with same number of moles of both reactants. When
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steam and carbon monoxide are mixed, a maximum number of collisions per second
between them will occur as microscopic events. Bonds in CO and H,O are broken and new
bonds are formed to produce H, and CO,. Therefore, the forward reaction has its maximum
rate at the beginning. This leads to a decrease in the concentration of the reactants. As H,O
and CO are gradually used up, the forward reaction slows down.

Hy0() + €Oy, > Hy(g) + COyqy

As the molecules of H, and CO, accumulate, the
reverse reaction also starts. With the increase in
the concentration of H, and CO,, more and more
collisions per second between these molecules will
occur as microscopic events. As bonds in H, and CO,
are broken, the bonds in CO and H,O are formed.

A

.

[CO] or [H,0]

Equilibrium

Concentration

- . . . [CO,] or [H,]
This means that forward reaction starts with maximum

rate and gradually slows down, whereas at the start, the
rate of the reverse reaction is low, gradually increases,
and finally becomes constant.

Hy(g) + COyq ?Hy0) + COy

Time
Figure 8.1 Plot of concentration vs time

Eventually, a time comes when both reactions proceed atthe same rate. The reaction at this
stage is said to be in chemical equilibrium‘and.the coneentration of reactants and products
become constant.

Hy0(g) T COy === Hy(g) + COy

Unless the system is somehow disturbed, no further changes in the concentrations will occur.
The state of a reversible reaction at which composition of the reaction mixture does not change
and forward and reverse rates.are equal is ‘called the state of chemical equilibrium. The plots
of the concentrations of reactants and products versus time for a general reaction are shown
in Figure 8.1.

Suppose the reactant A'is converted into the product B in a chemical reaction. The graphs
in the figure show different possibilities after the equilibrium is established. At the
equilibrium position, the concentrations of the reactant and the product may be equal as
shown in Figure 8.2 (a), or the amount of reactant may be lower or greater than that of the
product as shown in Figure 8.2 (b and ¢). However, for all of these graphs, it is clear that

after the equilibrium is established, the concentrations become constant.

(a) [Reactant] = [Product] (b) [Reactant] < [Product] (¢) [Reactant] > [Product]
A : 4 \ 4
| I
1
=\ A : e = A : = !
g , Equilibrium .S | S A
= 1 IS | = !
g b=] =] 1
£ ! 5 il g
S ' 2  Bquilibrium 2 \ Equilibrium
=] ! o) o 1 d
8 ! O 1 @) ’
B : B 1 B |
I
: > L > : >
Time Time Time

Figure 8.2 Plots of concentration vs time




When the concentrations of reactants and products become constant, the reaction may
apparently seem to have stopped. But it is not true. At the microscopic level, there is intense
activity. The individual molecules of the reactants continue to react. Individual product
molecules also react to combine to go back to the reactants. The rate of forward process,
is exactly equal to the rate of the reverse process. Therefore, it is a dynamic equilibrium.
The system is dynamic because the individual molecules are constantly reacting, but the
rates of forward and reverse reactions are the same.

8.3 RELATION BETWEEN MACROSCOPIC AND
MICROSCOPIC EVENTS

Macroscopic events are the result of multiple simultaneous microscopic events.
Understanding the microscopic events helps us to explain and predict the observed
macroscopic changes in the equilibrium system.

When a change in equilibrium occurs in a chemical reaction,, the microscopic events that
explain the observed changes in equilibrium are the collisions-and formation of new bonds
between particles or molecules. These collisions change-the rates of forward and reverse
reactions, which are affected by activation energy and-external factors. These microscopic
events collectively appear as macroscopic changes which are observable by naked eye.

Quick Check 8.1 20 W@

a) Differentiate between macroscopic and microscoepic events
b) The equilibrium is dynamic in nature, explain in terms of microscopic events.

¢) In the reaction HyO, + CO) T==H, ) + CO5y, the concentration
of the products is higher at the equilibrium stage.

i.  Plot a graph between concentrations of'reactants and products vs time.

ii. Plot a graph between rate of the reaction with respect to time.

8.4 DYNAMIC EQUILIBRIUM BETWEEN TWO PHYSICAL
STATES

Dynamic equilibrium is a state in a reversible process where the rate of change in one
direction is equal to the rate of change in the opposite direction. In other words, although
there are continuous changes taking place, no net change in the system as a whole is
observed. When a reversible phase change takes place for a substance, there is also a
dynamic equilibrium between the two physical states. For example, at 0 °C, ice and water
coexist in equilibrium. Water changes into ice whereas ice converts back into water at the
same rate.

Relationship between dynamic equilibrium and vapor pressure

Studying the behaviour of liquids and their vapour pressures is a significant concept in
chemistry. When a liquid is placed in a closed container, some of the liquid molecules near
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the surface have enough energy to escape into the gaseous phase. This process is called
evaporation. As more molecules escape into the gaseous phase, the pressure exerted by
the gas molecules on the walls of the vessel increases. At the same time, molecules in
vapour phase can also collide with the liquid surface and be captured again by the liquid,
a process known as condensation.

Evaporation

Liquid =~ Gas

Condensation
As evaporation and condensation continue, the rate of these processes will eventually
become equal, and a state of dynamic equilibrium is achieved. In this state, the number
of liquid molecules transforming into the gas phase equals the number of-gas molecules
returning to the liquid phase. At dynamic equilibrium, the vapor pressure remains constant
at a given temperature, as long as the system is undisturbed.

As the temperature increases, the average kinetic energy of 'the liquid molecules also
increases. This leads to a higher rate of evaporation, which'in turn increases the vapor
pressure. Also, the rate of condensation increases at the higher temperature. Finally, the
system will reach a new state of dynamic equilibriumy with a higher equilibrium vapor
pressure. In short, dynamic equilibrium in terms of the vapor pressure of a liquid describes
the state at which the rates of evaporation and.condensation are equal.

Quick Check 8.2 ( /y ’\\K)

a) The dynamic equilibrium exists between water and its vapeur at 100°C. Justify the statement.

b) Do you think that dynamic equilibrium.exists between, ice and water at 0°C? If yes, explain.

8.5 CONDITIONS FOREQUIHIBRIUM
The equilibrium should be-studied when the following conditions are fulfilled:
1. The state of equilibrium only applies to reversible reactions.

2. The equilibrium-can be established only if the reaction vessel is closed. No part of the
reactants and products is allowed to escape out.

a)

CaCO4(s) == CaO(s) + CO,(g) CaCO4(s) === CaO(s) + CO,(g)
O CaCOy5) ) CaO(s) © CO,(g)

Figure 8.3 (a) Equilibrium is established when the system is closed
(b) Equilibrium can not be established in the open system.
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8.6 CHARACTERISTICS OF CHEMICAL EQUILIBRIUM
Important features of equilibrium are as follows:

1. At the stage of chemical equilibrium, the concentrations of reactants and products
remain constant.

2. The state of equilibrium in a reversible reaction can be approached from either side
whether we start with reactants or products.

3. A catalyst does not change the equilibrium position and the equilibrium constant of the
reaction. It helps to attain the equilibrium earlier.

4. The value of equilibrium constant does not depend upon the initial~concentrations of
reactants, rather it is constant and depends on temperature only.

&9 Keep in Mind!

If pure solids or pure liquids are involved in an equilibrium system, their concentrations are not included in
the equilibrium constant expression. This is because the change in'concentration of any pure solid or liquid
has no effect on the equilibrium constant.

8.7 TYPES OF EQUILIBRIUM

With respect to the physical states of reactants and products, there are two types of chemical
equilibrium.

8.7.1 Homogeneous Equilibrium

An equilibrium system in which all of the reactants and products are in the same phase.
The following are examples.of homogeneous equilibria:

Ny +3Hy) 2NHj;
2805(g) + Oyg) ¥ 2805

8.7.2 Hetexogeneous Equilibrium

An equilibrium in which the reactants and products are in more than one phases is called
heterogeneous equilibrium. The following are examples of heterogeneous equilibrium:

—_\
Ce T HyOf s CO(g) *+ Hy

3Fe) + 4H,0, — Fe;0y4) + 4Hy




Quick Check 8.3

a) Differentiate between homogeneous and heterogeneous equilibria.

b) Why glo the rates of forward reactions slow down when a reversible reaction approaches the equilibrium
stage?

¢) In capped soda water bottles, gaseous CO, is in equilibrium with the aqueous CO, (HCO5 and H").
COy) + Hy0(y) === HCO¥q + H'yyy)
i.  To which direction will the equilibrium shift if the bottle is opened?
ii. Condition for this equilibrium requires the closed cap of the bottle. Why?
iii. When the cap of the bottle is removed, to which direction the equilibrium shifts?

8.8 EQUILIBRIUM CONSTANT AND POSITION OF
EQUILIBRIUM

The position of equilibrium refers to the relative amounts of products and reactants present
in an equilibrium mixture.

In 1864, the Norwegian chemists C. Guldberg (1836-1902) and P. Waage (1833-1900)
carefully measured the compositions of many reaction” systems at equilibrium. They
discovered that for any reversible reaction, the ratio of the product of the equilibrium
concentrations of the products (raised to their coefficients in the balanced chemical
equation) to the product of the equilibrium_ concentrations of the reactants (raised to their
coefficients in the balanced chemical equation) is always a constant under a given set of
conditions.

Consider the general reaction:
aA + bBie=——=cC +dD

where A and B are reactants,.C and D are products, and a, b, ¢, and d are the stoichiometric
coefficients in the balanced-chemical.equation.
[CI* [D]¢
¢ [A]* [B]

The rate of .the’chemical reaction is directly proportional to the active masses of the
reactants, raised to the coefficients present in the balanced equation. By the term active
mass, we miean the molar concentration. It is expressed in moles dm~3. This concentration
is expressed by square brackets [ ].

Let us consider a general reaction
A+B ¥ C+D
According to the Law of mass action,
Rate of forward reaction o [A][B]
= k¢ [A][B]

‘ky’ is the proportionality constant, and is known as forward rate constant.

Rate of reverse reaction a [C][D]




=k, [C][D]
‘k,’” is the proportionality constant and is known as reverse rate constant.
At the equilibrium stage, the forward and the reverse rates are equal. Hence,
k{A][B] =k/[C][D]
K; _[C][D]
K, [A][B]
The left side of this equation is the ratio of two rate constants, so it gives another constant
called the equilibrium constant (K,).

Kf

K =——

© K
SR i 12)
[Al[B]

This expression is known as equilibrium constant expression.
Consider the following reversible reaction,
aA+bB === e¢C+dD
where a, b, ¢ and d are the coefficients of balanced equation.
cpld
Then K, = LCF D]

[A]* [B]°

8.8.1 Equilibrium Constant Expressions of Some Important Reactions

) N,y +3H, (e 2NH
(i) Npg 2K(g)_ ‘Wla]% 3
2

[N,] [H,]?

(i) 2N;Q5( == 4NOy T 0,y
_ INO,J* [0)]
© INOSP
Sample Problem 8.1
Ethanol reacts with ethanoic acid to form ethyl ethanoate and water.
CH,COOH;, + C,H;OH,;, ¥ CH;COOC,Hy, + H,0,
Ethanoic acid Ethanol Ethyl Ethanoate Water

500 cm? of the reaction mixture at equilibrium contained 0.235 mol of ethanoic acid and
0.0350 mol of ethanol together with 0.182 mol of ethyl ethanoate and 0.182 mol of water.
Use this data to calculate a value of K for this reaction.

Step 1 Write out the balanced chemical equation with the concentrations beneath each
substance.




CH,COOH,,, + C,H,OH, ==  CH;COOCHy, -+ H,0,,,

0.235 mol 0.0350 mol 0.182 mol 0.182 mol
0.5 dm3 0.5 dm? 0.5 dm? 0.5 dm3
0.470 mol dm= 0.070 mol dm™3 0.364 mol dm3 0.364 mol dm™

Step 2 Write the equilibrium constant for this reaction in terms of concentrations.

[CH,;COOC,H,] [H,0] (0.364 mol dm™) (0.364 mol dm)

- [CH;COOH] [C,HsOH] (0.470 mol dm™) (0.070 mol dm™3)
Step 3 Substitute the equilibrium concentrations into the expression

K. =4.03 (to 3 significant figures)

C

Step 4 Add the correct units by referring back to the equilibrium expression: The units of
mol dm cancel out, so K has no units. Therefore, K = 4.03.

Sample Problem 8.2
Propanone reacts with hydrogen cyanide as follows:
CH,COCH;,, + HCN, = CH;C(OH)(CN)CH;,,
Propanone Hydrogen cyanide Product

A mixture of 0.0500 mol dm™ propanone-and.0.0500/me! dm hydrogen cyanide is left to
reach equilibrium at room temperature. At equilibrium the concentration of the product is
0.0233 mol dm=3. Calculate K for this\reaction.

Solution:

Step 1 Write out the balanced chemical equation with all the data underneath:
CH;COCHy(,y  + HCN == CH,;C(OH)(CN)CH, )

Initial conc.  0.0500:mol dm3 0.0500 mol dm 0 mol dm>3
Equil. conc. ? ? 0.0233 mol dm3

Step 2 Calculate the equilibrium concentrations of the reactants. The chemical equation
shows that for every mole of product formed, 1 mole of CH;COCHj; and 1 mole of HCN
are consumed. So the equilibrium concentrations are as follows:

CH;COCH;] = 0.0500 — 0.0233 = 0.0267 mol dm™
[CH; 3]
[HCN] = 0.0500 — 0.0233 = 0.0267 mol dm™

Step 3 Write the equilibrium constant for this reaction in terms of concentrations:

[CH,C(OH)(CN)CHs] (0.0233 mol dm™?) 0.0233

© " [CH;COH,][HCN]  (0.0267 mol dm?) (0.0267 mol dm3)  0.000712

Step 4 Substitute the equilibrium concentrations into the expression
K, =32.7 dm? mol™!
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Quick Check 8.4
a) Write K for the following reactions:
. —
i SN+ 2FeM g T Sn¥ag) + 2Fe o)
ii. 4NH3, +50,, T 4NO(, +6H,0,
iii. PClsg T PClyg +Clyy
b) Calculate the value of K, for the following reaction using the information below:

_\
Hy +COyqy ===  H0p +CO

Initial conc. of Hy() = 10.00 mol dm™>.
Initial conc. of CO4q, = 10.00 mol dm>.
Equilibrium conc. of CO, = 9.47 mol dm™>.

8.8.2 Units of Equilibrium Constants

e  When the number of moles of reactants and products.in balanced chemical equations
are equal, then units are canceled out, and equilibrium constant does not have any
unit. The ester formation reaction happens in solution state, and number of moles of
reactants and products are equal. The K will have no units.

CH;COOH,) + C,H;0H, ) &=, CH;COOC,H; ., + H,0y,,
[CH;COOC,Hs] [H,0] mol dm 3 % mol dm™

K, = = 75 —~ = No units
[CH;COOH )] [C,H5OH )] moldm— x mol dm

e  When the number of moles are unequal, ‘then value of equilibrium constant depend
upon the units of reactants and products‘used. In the synthesis of NH; by Haber’s
process, the units of reactants and.products are not cancelled.

_\
Nyg) F3Hy) 2NHj,

[NH; B [mols dm—]?

K
¢ [Nag)] [Hz(g)]3 [mol dm~3] [mol dm]3

1

[mol dm~3]?

= dm® mol?

8.9 RELATIONSHIPS BETWEEN VARIOUS EQUILIBRIUM
CONSTANTS

There are four different types of quantities which may be used to calculate the equilibrium
constants of reversible reaction. Let the general reaction be,

aA+bB —— c¢C+dD




(1) When the concentrations of reactants and products are in mole dm=3, then equilibrium
constant is written as below:
[C]e [D]¢
K.= ————— i
©  [AP[B] ®
Square brackets [ ] are used for mole dm™.

(2) When the concentrations are expressed in terms of partial pressures (p) for gaseous
reactants and products, then
pé - ph )
Ky = — G
Pa- PB
(3) When the concentrations are expressed in terms of number of moles, then
ng . nj
= (ii)
nA . nB

(4) When the concentrations are expressed in terms of mole fractions, (X) then

¢ wd
. _ X¢. . X9 -
* X3 . X8
The relationships between these equilibrium constants are as follows:
K, = K (RT)™ ()
K, = K, (P ()
K, = K,(N) An (vii)
Where:
R = General gas constant
T = Absolute temperature of the system
P = Pressure of the system
N = Total number of moles of reactants and products

An = Difference of number of moles of products and reactants in the balanced chemical
equation

It depends upon the value of ‘An’ that which of the equilibrium constants is bigger or
smaller than the other. Anyhow, if the number of moles of reactants and products in a
balanced chemical equation are equal, and all the constants have equal values.

Thatis, An=0 then K,=K =K,=K,

Hence, whichever concentration units are used, the equilibrium constants are same.

Sample Problem 8.3

Ny () and H,,) combine to form NHj,). The value of K at 500°C is 6.0 x 1072. Calculate
the numerical value of K, for this reaction.
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Solution:
Ny +3Hyy T 2NHg,
K, = 6.0x 102
T = 500°C+273=773K
R = 0.0821 dm? atm K~ mol™!

K, = ?

The formula for conversion of K to K, is,
K, = K (RT)*"
An = Number of moles of product — Number of moles of reactants
An = 2-4=-2
Substituting these values in the expression
K 6.0 x 1072 (0.0821 dm? atm K~ mol~! x 773 K)"?

P
= 6.0 x 1072 (63.5 dm? atm mol~1)2
6.0 x 102 0.06
K= (63.52%  4032.25

K, = 14x10°
So, the value of Kp is less than Kg.
Sample Problem 8.4
In the reaction
280, +0y T 2803,

the equilibrium partial pressures at constant temperature are SO, = 1.0 x 10° Pa, O, = 7.0
x 109 Pa, SO; = 8.0x.10° Pa. Calculate the value of K, for this reaction.

Solution
Step 1 Write.the equilibrium expression for the reaction in terms of partial pressures.
2
. P7so,
P 2«
P”so, * Po,

Step 2 Substitute the equilibrium concentrations into the expression.
(8.0 x 10%)?

= = 9.1 x 1076 Pa!
(1.0 x 1092 x (7.0 x 106) x e




Quick Check 8.5

a) Compare the magnitudes of K, and K, for the following reversible reactions.
i) Ammonia synthesis ii) Dissociation of PCly
(b) Nitrogen reacts with hydrogen to form ammonia.
Ny + 3Hy) T 2NHy

The pressure exerted by this mixture of hydrogen, nitrogen and ammonia at constant temperature is 2.0
x 107 Pa. Under these conditions, the partial pressure of nitrogen is 1.5 x 107 Pa and the partial pressure
of hydrogen is 0.4 x 107 Pa. Calculate the value of K, for this reaction.

8.10 POSITION OF EQUILIBRIUM AND REACTION
CONDITIONS

The position of equilibrium refers to the relative amounts of products and reactants present
in an equilibrium mixture. If a system in equilibrium is disturbed:

e If the concentration of products is increased relative to the reactants, we say that the
position of equilibrium has shifted to the left.

e If the concentration of products is decreasedrelative to the reactants, we say that the
position of equilibrium has shifted to the right.

8.11 LE-CHATELIER’S PRINCIPLE

Le-Chatelier’s principle can be stated as follows:

“If a system in equilibrium is disturbed, it béhayes in such a way as to nullify or counteract
the effect of that disturbance”.

Le-Chatelier’s principle describes what happens to a system when something momentarily
takes it away from equilibrium.

8.11.1 Application$ 6f Le-Chatelier’s Principle Henry-Louis Le Chatelier

Some of the most common applications of this principle
with referenceto certain physical and chemical equilibria
are discussed-below:

i) Effect of change in concentration
ii) Effect of change in pressure

iii) Effect of change in temperature.
iv) Effect of catalyst on equilibrium.

8.12 THE EFFECT OF CHANGE OF
CONCENTRATIONS

If the system is at the equilibrium position and a certain
amount of one of the reactants or products is added or
removed, the equilibrium position is disturbed.

(1850-1936)

A French chemist proposed the
Le-Chatlier principle, a significant
achievement in chemistry
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There are four possibilities for the change in concentration of reactants and products:
i) Adding reactant(s) ii) Removing reactant(s)

iii) Adding product(s) iv) Removing product(s)

8.12.1 Hydrolysis of BiCl,

Consider the following reversible reaction in which BiCl; reacts with water to give a white
insoluble compound, BiOCl.

BiCl; + H,O == BiOCl + 2HCI
The expression for this reaction can be written as
[BiOCI] [HCI}?
° [BiCly] [H,0]
When water is added in BiCly solution, it becomes cloudy due to-the formation of white
precipitate of BiOCl. At equilibrium, a certain amount of BiIOCland HCl has been produced

and certain number of moles of BiCl; are left behind. If a few moles of BiCl; are added at
equilibrium, the reaction is pushed to the forward direction.

The addition of BiCl; or H,O disturbs the equilibrium position. To re-establish the
equilibrium, more BiOCl and HCI are produced. In other words, the reaction is pushed to
the forward direction. K, remains constant,/but.equilibrium position has changed.

The addition of BiOCl or HCI, or both disturbs the equilibrium position. To re-establish the
equilibrium, more BiCl; is produced‘and the reaction moves in the reverse direction. The
K, remains the constant, but position of equilibrium changes.

If a certain amount of BiCl; is rémoved atequilibrium stage, the reaction will move in the
reverse direction to compensate that change. A new equilibrium position is established, K
being constant.

If a certain amount of BiOCI or HCI or both is removed at equilibrium stage, the reaction
will move in the forward direction to compensate that change. A new equilibrium position
is established; however, K remains constant.

8.13 THE-EFFECT OF CHANGE IN PRESSURE OR VOLUME

The effect of change of volume or pressure is not applicable when
(a) The system does not involve gaseous components.

(b) The number of moles of reactants and products are equal in gaseous phase homogeneous
equilibrium.

M yeactants — 1 products

This effect can only be discussed if the gaseous moles of reactants and products are unequal.

I peactants # n products

In order to explain this effect, let us consider the synthesis of ammonia by Haber’s process.




Ny * 3Hyg 7 2NH;,

a) Increase in pressure or decrease in volume:

For the forward reaction, the number of moles and hence volume decreases. At equilibrium
stage the volume occupied by the mixture is less than the volume at the initial stage under
the given conditions. So, if pressure is increased at equilibrium, more ammonia is produced.
It means, that reaction is shifted to the forward direction.

b) Decrease in pressure or increase in volume:

If the pressure is decreased or volume is increased, the reaction will move to that side,
where the reaction occupies greater volume. Ammonia synthesis is shifted to the reverse
direction.

Quick Check 8.6 KaS

The change of volume or pressure for the following reactions only changes the equilibrium position but not the
equilibrium constant. How the direction of reaction changes for each of the following reactions.

2Hy) + Oyy) = 2H,0(, (Increasing P)
2COy) + Oyyy === 2CO,,, (Increasing V)
N,04) === 2NOy,, (Increasing P)

280, + Oyy) === 250, (Increasing V)

8.14 THE EFFECT OF CHANGE'IN TEMPERATURE

Le Chatelier’s Principle can be used to predict the direction of a reaction with a change
in temperature. Temperature is.the only-factor that also affects the value of equilibrium
constant (K,).

For an exothermic reaction, an increase in temperature (adding heat) favours the reverse
reaction. A decrease in temperature (removing heat) favours the forward reaction.

The equation forthe conversion of SO, to SO5 is given below:
280y (g) + Oyq) ==2805, AH°=-198kJ

According to the Le-Chatelier s principle, an increase in temperature will shift the reaction
from right to left.

280y(g) T Oyg) &= 28505,

As aresult of this change, the concentration of SO, will decrease and concentration of SO,
and O, will increase. Therefore, the value of the equilibrium constant will decrease. The
equilibrium will shift towards left. The decrease in temperature will favour the forward
reaction and the formation of the product. The production of SO; is favoured at a lower
temperature. On the other hand, an increase in temperature will shift the reaction from left
to right.

280y(g) T Oyg) —== 2805,




Due to this change, the concentration of SO; will increase and concentration of SO, and O,
will decrease. Therefore, the value of the equilibrium constant will increase.

The equilibrium will shift towards right. The increase in temperature will favour the
reverse reaction and the formation of the reactants. The production of SO; is not favoured
at a higher temperature. K_ for this reaction is 2.8 x 10? at 1000 K; whereas, at 298 K the
value of K is 1 x 10%°.

For an endothermic reaction, an increase in temperature (adding heat) favours the
forward reaction. A decrease in temperature (removing heat) favours the reverse reaction.

The equation for the conversion of N,O, to NO, is given below:
NyOyq) = 2NOy,, AH°=+57.2kJ

According to the Le-Chatelier s Principle, an increase in temperature will shift the reaction
from left to right.

NyOyq) —= 2NOy,

As a result of this change, the concentration of N,O, will decrease and concentration of
NO, will increase. Therefore, the value of the equilibrium constant (K,) will increase. The
equilibrium will shift towards right. The increase in-temperature will favour the forward
reaction and the formation of the product.

On the other hand, a decrease in temperature will shiftthe reaction from right to left. The
decrease in temperature will favour the réyerse reaction and the formation of the reactant.

NyO4p) &— 2NOyq
K. for this reaction is 7.7 x 107 at 273 K, whereas 0.4 at 373 K.

8.15S EFFECT OF CATALYST ON EQUILIBRIUM

A catalyst is that substance which increases
the rate of a chemical jreaction without
itself being consumed. in the reaction. The activated state
catalyst does not change the equilibrium
position and'the equilibrium constant of a
chemical.reaction. It speeds up the rate at
which equilibrium is attained. It means that
the yield of the chemical reaction remains
the same.

Y,

————————————— > Energy

A catalyst provides new path of lower E, (catalyzed reacton)
activation energy for a reaction. If we plot _l ——

a graph between reaction coordinate on N

x-axis and potential energy of the chemical ~ ° . Reaction coordinate X
reaction on y-axis, then the maxima of the  Figure 8.4 Effect of a catalyst on Reversible Reactions.
curve become lower in the presence of a catalyst as shown in Figure 8.4.
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8.16 INDUSTRIAL APPLICATIONS OF CHEMICAL

EQUILIBRIUM

8.16.1 Synthesis Of Ammonia By Haber’s Process

It is one of the basic needs of industry to have maximum yield of the product. We can
apply the concept of equilibrium in order to have the maximum yield from the industrial

synthesis of ammonia.

Ammonia synthesis from nitrogen and hydrogen is a reversible process.
N2(g) + 3H2(g) v 2NH3(g) AH=-46.11 kJ 1’n0171

The maximum yield of ammonia can be achieved by the following ways:

1. Decrease the concentration of ammonia by removing it from the reaction vessel from
time to time. Equilibrium will shift to the forward direction in accordance with Le-

Chatelier s principle.

2. Since, four moles of reactants combine to give two moles of products, reaction happens
with the decreasing volume. High pressure will shift.the equilibrium position to the
right to give more and more ammonia.

3. This is an exothermic reaction. By decreasing temperature, it will shift to the forward
direction according to Le-Chatelier s principle.

When we look at the Table 8.1 given below and the Figure 8.5, then it becomes clear that
the effect of pressure and temperature on the yield-of ammonia is very prominent. The
most complete conversion is 98.3%-at 473 K (200°C) and 1000 atmospheric pressure.

Table 8.1 Effect of Temperature
on K, for Ammonia Synthesis.

T(K) &

200 | 745 x 1015
300 2.69 x 108
4005 3.94x 101
500 | 1.72x 102
600 | 4.53 x 100
700 | 2.96 x 101

800 3.96 x 1072
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Figure 8.5 perent yield of ammonia vs. Temperature(°C)
at five different operating pressures. At very high pressure
and low temperature (top left), the yield is high, but the
rate of formation is low. Industrial conditions (circle) are
between 200 and 300 atm at about 400°C

At 200°C, the yield is being favoured but the rate of reaction becomes very slow and the
process becomes uneconomical. So, the temperature is raised to a moderate level i.e. 400
°C and a catalyst is used to increase the rate. If we want to achieve the same rate without a
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catalyst then we require much higher temperature, which lowers the yield.

Optimum conditions to get best yield of ammonia

The most suitable conditions to get maximum yield of ammonia are:

a) Pressure between 200-300 atmospheres

b) Temperature around 673 K (400°C)

c) Pieces of iron crystals present in a fused mixture of MgO, Al,05 and SiO, as catalyst

8.16.2 Preparation of Sulphur Trioxide

To manufacture H,SO,, sulphur trioxide gas is produced from SO, and O, in a reversible
process.

2SOz(g) + OZ(g) S 2SO3(g) AH =-97.9 kJ mol !

According to Le-Chatelier’s principle, a high pressure and low temperature are the essential
conditions to have better yield of SO5. At low temperature, the equilibrium constant for the
formation of SOj; is large but equilibrium is achieved very slowly. As the temperature is
raised, the rate increases but the yield of SO; drops off.

The following Table 8.2 helps us to understand the parameters, when pressure is maintained

at 1 atmosphere. o - ‘
Table 8.2 Effect of temperature on equilibriumposition of SO, formation

1. Temperature (°C) | 200 300 400 500 600 700
2. K, 5500 | 690 160 55 25 13
3. Mole % of SO, 98 91 75 61 46 31

Optimum conditions

In order to have a best yield of SO;, within areasonable time, a mixture of SOy, and Oy,
(air) at one atmospheric pressure is ‘passed over a solid catalyst, such as V,05, But due to
the exothermic reaction;, the temperature of the gas increases to 600 °C. The equilibrium
mixture is recycled at low temperature of 400-500 °C to increase the yield of SOj ).




Quick Check 8.7

Look at the information given in the table below:

Ny + 3Hyg == 2NHy, NOyp === 2NHy, 280y Oy == 2805
AH® =-92 kJ mol! AH® = +57 kJ mol™! AH® =-197 kJ mol™!
K. = (Pyy)® Kp = (Prnoo) Kp = (Psos)*
Pry(Pypp)? Py,04 (Ps0) Py

T/K Kp / atm™ T/K Kp / atm T/K Kp / atm™

400 1.0x 10% 200 1.9x10° 600 32x10°

500 1.6x 10! 300 1.7x 10! 700 2.0x 102

600 3.1x103 400 5.1x10 800 32x10

700 63x10° 500 1.5x10° 900 6.3

800 7.9x10° 600 1A x 104 1000 2.0

i) How does the proportion of products in the above systems change as the temperature increases?
ii) Calculate the values of K for the reactions at 600 K?

EXERCISE

MULTIPLE CHOICE QUESTIONS

Q.1 Four choices are given for.each guestion. Select the correct choice.

I. Forwhich system, does the equilibrium constant, K_has units of (concentration)!?

a) N,+3H, —= 2NHj b) H,+1, == 2HI
c) 2NO, = N,0, d) 2HF —=H, +F,
II. Which statement about the following equilibrium is correct?
280,y Oyy) == 2505y AH = -197.9 kJmol!

a) The value of K,, falls with a rise in temperature.
b) The value of K, falls with increasing pressure.

¢) Adding V,0s catalyst increase the equilibrium yield of sulphur trioxide.

d) The value of K, is equal to K.

The conventional equilibrium constant expression (K. for the system as
described by the above equation is:

a) [SO,1?/[SO;] b) [SO,IP[0,)/[SO;T?
c) [SO;1*/[SO;’[O;] d) [SO,][O,]
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IV. A saturated solution represents a dynamic equilibrium. Macroscopically, the
concentration of dissolved solute is constant. Microscopically, this occurs because:

a) No more solute particles are dissolving.

b) The rate of dissolution of solute is zero.

¢) Solute particles are dissolving and precipitating at the same rate.
d) All solute particles have dissolved.

V. Which of the following statements correctly describes the effect of temperature
on the equilibrium constant?

a) K, is directly proportional to temperature.
b) K, is inversely proportional to temperature.
¢) K, depends on the enthalpy change of the reaction.
d) Temperature has no effect on the value of K.
VI. Consider the gas-phase equilibrium system represented by the equation:
2H,0y == 2H,) + O3

Given that the forward reaction is endothermic, which of the following changes
will decrease the equilibrium amount of H,O?

a) Adding more oxygen

b) Adding a solid phase catalyst

¢) Decreasing the volume of the container (thetotal pressure increases)
d) Increasing the temperature at constant pressure

VII. K. =0.040 at 450 °C for the given reaction, evaluate K, for the reaction.
PClsg === PClyg + Clyy)
a) 0.40 b) 0.64
c) 24 d) 0.052

VIIL.In which of the following gaseous equilibria, pressure has no effect on the
equilibrium position?

¢) COw) +HyOr) = COyy + Hyyy  d) 2504 + Oy = 2805,

IX. Consider the equilibrium 2H,,+0,, = 2H,0,. If the concentration of H,0,
is increased, the concentrations of H,, and O, will:

a) Increase b) Decrease

¢) Remain the same d) Change irregularly

X. For a specific reaction, the value of the equilibrium constant, K:




a) Always remains the same at different reaction conditions.
b) Increases if the concentration of one of the products is increased.
c) Changes with changes in the temperature.

d) Increases if the concentration of one of the reactants is increased.

SHORT ANSWER QUESTIONS

Q.2

a.
b.

C.

Attempt the following short-answer questions:
What is meant by the state of chemical equilibrium?
Define reversible reaction. Give an example.

The change of volume disturbs the equilibrium position for some of the gas phase
reactions but not the equilibrium constant.

Mention the characteristics of chemical equilibrium.

Reversible reaction attains the position of equilibrium which is dynamic in nature and
not static. Explain it.

Why do the rates of forward reactions slow down when a reversible reaction approaches
the equilibrium stage?
Why ice at 0 °C can be melted by applying pressure without supply of heat from
outside?
Write two conditions of equilibrium constant.
The reversible reaction:

250;(g) F Oy == 2505)

has come to equilibrium'in a vessel-of specific volume at a given temperature. Before
the reaction began, the concentrations of the reactants were 0.060 mol/dm?* of SO,
and 0.050 mol/dm? of O,. After equilibrium was reached, the concentration of SO;
was 0.040.mol/ dm?®. What is the equilibrium concentration of O,?

DESCRIPTIVE QUESTIONS

Q.3

Q.4

. (a) Define and explain the law of mass action and derive the expression for the
equilibrium constant.

(b) Write the expressions for K, for the following reactions:

(aq) (aq)

i) Aglg T Fe? g == Fe¥yg tAg
i) Nyt Oy == 2NOg
iv)  4NHy + 505, —= 4NO, + 6H,0,
V) PClsy &= PCly, + Clyy

Write down the K for the following reactions. Suppose that the reaction mixture in
all the case is ‘V’ dm™




Q.5

Q.6

Q.7

Q.8

Q.9

-

i) CH;COOH + CH;CH,OH = CH;COOC,H;+ H,0
i) 2HI —= H,+1,
iii) N, +3H, —— 2NH,
In the equilibrium

PCls,) == PCly, + Cly,) AH=90KkJ mol™!
What is the effect on the following changes? Explain your answer.
i) if temperature is increased i1) volume of the container is decreased
iii) catalyst is added iv) chlorine is added
Synthesis of ammonia by Haber’s process is an exothermic reaction
Ny T 3Hy ) == 2NHjy,, AH=-92.46 k]
What should be the possible effect of change of temperature-at equilibrium stage?
K. for the following reaction is 0.016 at 520°C

2Hly) == H, T Ly

The equilibrium mixture contains HI = 0.08 M;H, =0.01 M and I, = 0.01 M. To this
mixture, more HI is added. So that its new coneentration is 0.096 M. What will be the
concentrations of HI, H, and I, when €quilibrium.is‘re-established?

The equilibrium constant for the reaction between acetic acid and ethyl alcohol is 4.
A mixture of 3 moles of acetic acid and 1 mole-of ethyl alcohol is allowed to come to
equilibrium. Calculate the amount of ethyl'acetate present at equilibrium.

Study the equilibrium
Hy0() T CO) == T + COyy
1) Write the expressionof K.

i1) When 1.00 mole of steam and 1.00 mole of CO are allowed to reach equilibrium,
33.3% of equilibrium mixture is hydrogen. Calculate the value of K,,. State the units

of K,.
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After studying this chapter, students will be able to:
e Define conjugate acid base pairs. (Understanding)

ACID-BASE CHEMISTRY

e Identify conjugate acid base pairs in reactions. (Understanding)

e Distinguish that Lewis acids accept lone pair, and Lewis bases donate-lone pair to make a
coordinate covalent bond. (Understanding)

e Define mathematically the terms K, pH, K, and pK, and use them incalculations. (Application)
. (K}, and the equation K , = K, x K, will not be tested).

e Calculate [H+(aq) and pH values for: (Application)

e (a) strong acids (b) strong alkalis (c) weak acids (d)weak alkalies.

e Calculate the [H;0™] given the K, and molar concentration of weak acid. (Application)

e Apply the concept of the common ion effect todescribe'why the solubility of a substance
changes when it is dissolved in a solution containing a.common ion. (Application)

e Calculate the pH of buffer solutions in given appropriate data. (Application)
e Construct an expression for K. (Application)

e Demonstrate the ability to comprehend and effectively apply the concept of solubility
product. (K;). (Application)

¢ Perform calculations using K, values and concentration of a common ion. (Application)
e Calculate concentrations of.ions of slightly soluble salts. (Application)
e Calculate K, from concentrations and vice versa. (Application)

e Use the concept of hydrolysis to explain why aqueous solutions of some salts are acidic or
basic. (Understanding)

o Apply the coneept of conjugate acid and conjugate base on salt hydrolysis. (Application)

e Select suifable indicators for acid-alkali titration, given appropriate data (pK, values will
not be-used). (Understanding)

o Perform acid-base titration to calculate molarity and strength of given sample solutions.
(Application)

From the earliest days of experimental chemistry, scientists have recognized acids and
bases that have distinct characteristic properties. Acids have a sour taste while bases are
bitter. Acids and bases change the

colour of certain dyes called %@ Interesting Information

indicators, such as litmus and
phenolphthalein. Acids change litmus

Acidity in our stomachs is due to excess of HCI. It
is treated by taking mild bases such as, baking soda

from b.lue to red and phenolphthalein (NaHCO;), milk of magnesia Mg(OH), and aluminum
from pink to colourless. Bases change hydroxide Al(OH),

litmus from red to blue and
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phenolphthalein from colourless to pink. From these colour changes, acids and bases
neutralize each other. During neutralization, acids and bases react with each other to
produce ionic substances called salts.

9.1 BRONSTED-LOWRY CONCEPT

In 1923, the Danish chemist J.N. Bronsted and the English chemist T.M. Lowry
independently expanded the Arrhenius theory of acid-base. The Arhenius theory was
limited to the reaction of an acid and base only in the aqueous medium. There are many
reactions that occur in solvents other than water or in the absence of any solvent. Bronsted-
Lowry pointed out that acid—base reactions can be seen as proton-transfer reactions and
that acids and bases can be defined in terms of this proton (H") denors and proton (H)
accepters. According to the Bronsted—Lowry concept, an acid.is. the species donating a
proton in a proton-transfer reaction and a base is the species aceepting the proton.

When HCI dissolves in water, an H" ion (a proton) is transferred from HCI to water, where
it becomes attached to a lone pair of electrons on the O atom and forms H;O". In effect,
HCI (the acid) has donated the H" and H,O (the base) has accepted it.
N ,

HCl,, — +  HO4 3 HiOlwgy — +  Clug

Acid Base Conjugate acid Conjugate base
A species formed after a Bronsted base atcepts a proton from the acid is called the conjugate
acid. The hydronium ion (H;O") is the conjugate acid of water. A species formed when an

acid donates a proton to a base is called the{canjugate base. HCI-C1 and H,0-H,0" are
conjugate acid-base pairs.

When ammonia dissolves in.water, proton transfer also occurs. An H* released from H,O
attaches to the N atom’s lone pair. NH," and OH ™ are formed . With fewer H", the water
molecule becomes OH ion:
_\ -

NHyg =+ H0() S OH  +  NHS

Base Acid Conjugate base Conjugate base
In this case,"H,O (the acid) has donated the proton and NH; (the base) has accepted it.
NH;-NH, " and H,0-OH- are conjugate acid-base pairs.

The above examples show that H,O is amphoteric in nature because it acts as a base in one
case and as an acid in the other. An amphoteric substance is a species that can act as either
an acid and a base (it can lose or gain a proton), depending on the other reactant.

The Bronsted-Lowry theory can be applied to acids in solvents other than water or even
solventless reactions. The reaction between gaseous ammonia and HCI gives solid NH,Cl.

HCl is an acid because in the reaction it donates a proton to the NH; molecule. The NH;
acts as a base, even though hydroxide ion OH is not present, and accepts a proton from
the HCI molecule.

-




Table 9.1 Conjugate Acid-Base Pairs of Common Species

Acid Base Conjugate Acid Conjugate Base
HNO, + H,0 S H;0" + NO;y
H,SO, + H,0 S H,0* + HSO,

H,0 4 CO,*> s HCO;5 + OH-

9.2 LEWIS CONCEPT OF ACIDS AND BASES

In 1923, G.N. Lewis proposed a generalized definition of acid-base behavior in which
acids and bases are identified by their ability to accept or to donate a pair of electrons and
form a coordinate covalent bond.

A Lewis acid is any species (molecule or ion) that can accept’a pair of electrons and a
Lewis base is any species (molecule or ion) that can donate.a pair of electrons. A Lewis
acid-base reaction occurs when a base donates a pair of electrons to an acid.

In the following reaction, each of two ammonia molecules, Lewis bases, donates a pair of
electrons to a positively charged silver ion, the Lewis acid. The sum of charges on the left
side is +1, so the acid-base adduct on the right hand side must carry a charge of +1:

+
H H H

I I I
2 H—NS + Agt ——— H—lerzeAge:NI—H

H H H

Lewis base Lewis acid Acid base adduct

The boron atom in boron trifluoride, BF;, has only six electrons in its valence shell. Since
the boron atom has an-incomplete octet, it can behave as an electron pair acceptor. As a
result, BF; is a very.good Lewis acid and reacts with many Lewis bases; a fluoride ion is
the Lewis base in-this reaction, donating one of its lone pairs:

LN ] LN ) —
e Fo c Fs
e Feo + B—F . > ceF—B—F.
) | ) ) | )
e Fo e« Fo
Lewis base Lewis acid Acid base adduct

The negative charge on the adduct is the sum of charges on the left hand side of the
equation is -1, the sum of charges on the right hand side must also be -1.
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Quick Check 9.1

a) Identify the conjugate acid-base pairs in the following reactions:
i. HCNg + H0( H;0%g + CN"gg)
. + -
ii. CH;COOH, + H,0, H;0" (,q) + CH;COO™
o -
ii. H,S,) +H,O( H;0" oy + HS (4

iv.. HCl, + HCO5 (g HyCO3 (o) + Cl ("
b) Identify the Lewis acid and Lewis base in the reaction between:
i. SO;and O*

ii. HCland H,O
iii. BF; and NH,4
Also write down the balanced chemical equation for each reaction and explain.

9.3 IONIC PRODUCT OF WATER

Pure water is a poor conductor of electricity but its_conductance is measurable. Water

undergoes self-ionization reversibly as follows,
_\

HyOp) T H0 (o) S H;307%qq) + OH g
. — N _
Net reaction H,0p S Higy T OH
The equilibrium constant for this reaction.can-be written as follows:
[H'] [OH7]
K ,=—————=1.8 x107° mol dm?
¢ [H,0]

The concentration of H,O, i.e., [H, O] in purc-water may be calculated to be 1000 g dm3
divided by 18 g mol™! giving 55.5 mol dm™, Since, water is present in very large excess and
very few of its molecules undergo“ionization, so its concentration remains effectively
constant. Constant concentration of water is taken on L.H.S. and multiplied with K  to get
another constant called K .

K.[H,0] =[H'] [OH]
or  1.8x10716x555 =1.01 x 1014 = [H"][OH]
Thisvalue;iie. 1.01x 10714 is called K, of waterat 25°C.
K. [H,O] = [H"] [OH']
So, K, [H,0]=[H][OH] =10""at 25°C

K is called ionic product of water or dissociation constant of water. The value of K,,
increases almost 75 times when temperature is increased from 0°C to 100°C.

For neutral water
[H']=[OH]
or [HY[H] =101
[H]> =10 (at 25 °C)




[H*]=10"mol dm™ Table 9.2 K|, at various

temperature
and  [OH]=10"moldm>

The effect of temperature on K, is shown in Table 9.2. T(eolgi)' Ky
Whenever some quantity of acid or base is added to water, o
then K, remains the same, but [H'] and [OH"] are no more 0 0.11 <10

equal. 10 0.30 x 10714
In case of addition of small amount of acid. 25 1.0 x 10714
[H']> [OH] 40 3.00 x 10714

14
While in the case of addition of few drops of a base. 100 7.5 %10

[OH]>[H]

During additions of both, the values of K, will remain the same,i.¢: 10-14 at 25 °C.

9.4 pH AND pOH

In all the aqueous solutions, the concentration of H and ©OH ™ are too low to be conveniently
expressed and used in calculations. In 1909, Sorenson;a Danish biochemist, introduced the
term pH and pOH. So, the scales of pH and pOH-were developed. These two quantities can
be calculated as:
pH = -log[H"] @ Interesting Information!
pOH = -log[OH"]
For neutral water, pH = -log[1077] =7
pOH =-log[107]=7
Also, pH + pOH = 14

The value of pH normally varies between 0 —14 at 25 °C.

Solutions of negative pH and having

values more than 14 are also known.

The pH values of some familiar aqueous solutions are shown in Figure 9.1. This table
helps to understand the acidic or basic nature of commonly used solutions.

[H0] 1o : et o o w* owt ow* ot ow™ o™ ot o™ o™

arbwsnated Stilk Hleusl Haking snxda 1
waleripH 35 pH B4 apH T4 Gl MipH B4 ipH

el Peer Seamaier Milk ol magnesia

?!-Iz,-'l-.!.-n ipH 2045 (1l 750 ipH 15}
¥ | I | ¥ | | | | I
pH 3 4 s ] 7 # L] i " 12 I3 14
Figure 9.1 pH Values of some common substances
Sample Problem 9.1

In a solution, the pH is 9.2. Determine the ionic product of water K, at 25°C.
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Solution
Calculate the pOH from the pH:
pOH = 14— pH
pOH = 14-9.2
pOH =4.8
Find the concentration of H" and OH-,
Taking antilog of pH and pOH
antilog pH = antilog (9.2)
[H*]=10PH
[H] = 1092
[H]=6.3x10°M
Similarly, antilog pOH = antilog (4.8)
[OH"] = 10POH
[OH]= 10438
[OH 1= 1.6 x 10° M
K, =[H"] [OH]
K, = (6.3 x 1019 (1.6 x 107)
K, =1.01x 1071
Sample Problem 9.2
The ionic product of water. at'a certain temperature is K, = 1.0 x 107'% at 25 °C. If the
concentration of H* ions{in-a solution‘is 1.0 x 10~’M. Calculate the concentration of OH~
ions, the pH and pOH of the solution.
Solution
K,, =[H"][OH]
1.0x10°'% = (1.0 x 107) [OH]

on =210 0
ORI =Tox107 7
pH = -log[H']

pH = -log(1.0 x 107) =7
pOH = —log[OH ]

pOH = —log (1.0x1077)
pOH =7




Calculate K,
K, =[H"] [OH]
K, = (6.3 x1071%) x (1.6 x 107)
K,, = 1.008 x 1014

So, the ionic product of water at the given temperature is = 1.01 x 1074,

Quick Check 9.2

a) A solution is prepared by mixing equal volumes of two solutions: one with a pH of 4.0 and
another with a pH of 10.0. Calculate the K, for this mixture at 25°C.

b) At a specific temperature, the ionic product of water K, is 1.0 x 1074, If the)concentration
of OH™ ions in a solution is 2.5%1078 M. Calculate the concentration.of H' ions and the pH
of the solution.

¢) Copper-plate etching solutions is prepared by diluting concentrated HNO; to 0.30 M HNO;.
Calculate [H'], pH, [OH ] and pOH of this solutions at 25 °C:

9.5 TONIZATION CONSTANTS OPACIDS (Ka)

Acids and bases, when dissolved in water, may or may not be completely dissociated.
Many acids are weak electrolytes and ionizeto an.extentwhich is much less than 100%. The
value of K, called the dissociation constant'of an acid, is the quantitative measure of the
strength of the acid. Suppose we have an acid HA dissolved in water,

HA + H;O,"s——=—=" H;0" +A-

K, for the reversible reaction willbe writtenas follows:

;0] [A]
©~ T[HA] [H,0]
K. [11,0] = L0 [A7]
[HA]

Let K. [H,0]F K,
[H;07] [A7]
[HA]
This equation can be used to calculate K, for any acidic solution if we know the pH or [H*]
of that solution and the initial concentration of the dissolved acid [HA]. This can also be

used to calculate the equilibrium concentration of H;O" and A- produced if we know the
initial concentration of acid HA and its K, value.

When K, <1073 acid is weak.

K, =1 to 107 acid is moderately strong.

Hence K, =

K,> 1 acid is strong.

The values of K, for some acids are given in Table 9.3.
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Table 9.3 The values of K, for some acids

Acid Dissociation K, Relative
strength
HCI HCI = H'+CI” very large (10°) Very strong
HNO; HNO; =— H"+ NO;3 very large (10°) Very strong
H,SO, H,SO, == H"+ HSO, very large (103) Very strong
HSO, |HSO, = H"+S0,> 1.3x 1072 Strong
HF HF — H'+F" 6.7x 107 Week
CH;COOH | CH;COOH == H'+ CH,;COO~ |[1.85x 107 Week
H,CO; |H,CO;=—H"+HS" 4.4 x 107 Week
8L H,S == H"+ HS" 1.0x 1077 Week
NH,! |NH,=—H'+ NH; 5.7x 10710 Week
HCO;~ |HCO; ==H"+ CO;? 4.7 x10 Week
H,0 H,0 ==H"+ OH" 18x 10716 Very week

9.5.1 Calculating H;O" Ions from K

The weak acids do not completely dissociate in water. Therefore, the concentration of
hydronium ions is not equal to the“initial concentration of the acid. So, the equilibrium
expression is used to calculate the H;O" concentration.

For a weak acid HAs.the dissociation in water can be represented as:
_ N\ + _
HA(gg) 3 Hiag) T Ay
In water, H'. combines with water to form H;O":
+ _ +
Hag) + HyO0() H;07)
So, the equilibrium equation in terms of H;O"(aq) is:
_\

HAq) S H307q) + A7)
Let the initial concentration of the weak acid HA be C mol dm™.

At equilibrium:
[H;0"] =x; [A7]=x and [HA]=C—x

The expression for the acid dissociation constant (K,) is:




g [0 [A]
[HA]

Substitute the equilibrium concentrations into this expression:

X X X x2

@ C-x C—-x

For weak acids, x is usually very small compared to C, so C —x = C. Therefore, the
expression simplifies to:

Taking the square root of both sides:

x~ VK, xC
Thus, the concentration of H;O™ is given by:

X = VKa xC

Sample Problem 9.3

Calculate the concentration of [H;0™] in_a'0.1' M (mol' ;}dm~3) solution of acetic acid
[CH;COOH], given that the acid dissociation eonstant’K; is 1.8 x 107,

Solution

[H;0" = VK, xC

[H;0"]=~V1.8 x 10-5%.0.1
[H;0"] = \[0.18 100

[H;0"] = 1.34 210> M (mol dm3)

The concentration [H;0"] in the solution is approximately 1.34 x 10-3 mol dm=.

Quick Che¢k9.¥

a) ThepH ofia 0.10 M solution of formic acid, HCOOH, at 25°C is 2.38. Calculate K, for formic
acid at this temperature.

b) Calculate the concentration of [H;0"] in a 0.1 M solution of nitrous acid [HNO,], given that the
acid dissociation constant K, is 4 x 104,

¢) A vinegar sample is found to have 0.837 M CH;COOH. Its hydronium ion concentration is
found to be 3.86 x 1073 mol dm™. Calculate K, for acetic acid.

9.6 COMMON ION EFFECT

The suppression of ionization of a weak electrolyte by adding a common ion to it is called
common ion effect. We are familiar with purification of sodium chloride by passing
hydrogen chloride gas through brine (saturated solution of NaCl).
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Sodium chloride is fully ionized in the solution. Equilibrium constant expression for this
process can be written as follows:

RN .
[Na™][Cl]

¢ [NaCl1]
HCI also ionizes in solution:

N .
HClg,) < H' () + Clgg)

On passing HCI gas, concentration of Cl~ ion is increased, therefore NaCl crystallizes out
of the solution to maintain the constant value of the equilibrium constant. This type of
effect is called the common ion effect. The addition of a common ion'to the solution of a
less soluble electrolyte suppresses its ionization and the concentration.of unionized species
increases, which may come out as a precipitate.

+ _ _\
More examples of common ion effect

1. The solubility of a less soluble salt KCIO; in‘water is suppressed by the addition of a
more soluble salt KC1 by common ion effect. K™ is a common ion. The ionization of
KCIO; is suppressed and it settles down as-precipitate.

+ Cl10,

—&£ 2 W

(ag)
=N\ _______\ + —
KCly) (3 K @) T Clag)
ii. Similarly, the dissociation ‘of*a weak.acid H,S in water can be suppressed by the
addition of stronger acid HCl. H™is.a'common ion. H,S becomes less dissociated in
acidic solution. In this'way, low concentration of S?~ ion is produced.

N ]
HS o < 2H (4 + $¥ (ag)

This low concentration of S> ions helps to do the precipitation of radicals of II group basic
radicals during salt analysis.

_\

HCl () < H' () + CI (o)

iii. An addition of NH,Cl in NHj; solution suppresses the concentration of OH™ due to the
presence of a large excess of NHj; from NH,Cl. Actually, NH,Cl is a strong electrolyte.
The combination of these two substances is used as a group reagent in III group basic
radicals for salt analysis.

N i
NHClag S NHy'aq + Clgg)

N ]
NH; + Hy0 o) ¥ NH,"(,q) T OH

Common ion effect finds many applications in the qualitative analysis and the preparation
of buffers.

-




9.7 BUFFER SOLUTIONS

The solutions which resist the change in their pH when a small amount of an acid or a base
is added to them, are called buffer solutions. They have a specific constant value of pH and
their pH values do not change on dilution and even keeping for a long time.

Buffer solutions are mostly prepared by mixing two substances.

i. By mixing a weak acid and its salt with a strong base. Such solutions give acidic
buffers with pH less than 7. Mixture of acetic acid and sodium acetate is one of the best
examples of acidic buffers.

ii. By mixing a weak base and its salt with a strong acid. Such solutions.will give basic
buffers with pH more than 7. Mixture of NH,OH and NH,Cl is one of the best examples
of basic buffers.

Let us take the example of an acidic buffer consisting of CH;COOH and CH;COONa.
CH;COOH being a weak electrolyte undergoes very little dissociation. When CH;COONa
which is added to CH;COOH solution, then the dissociation-of CH;COOH is suppressed,
due to common ion effect of CH;COO.~

—_ N\ 8

If one goes on adding CH;COONa in CH3;COOH solution, then the added concentrations
of CH;COO™ decrease the dissociation of CH;€OOH and the pH of solution increases.
The Table 9.4 tells us how the pH(value of a mixture of two compounds is maintained.
Greater the concentration of acetic acid as compared to CH;COONa, lesser is the pH of

solution.
Table 9.4 Effect of addition.of'acetate ions on the pH of acetic acid solution

[CH,COOH] Q)\ [CH,COO] % Dissociation pH
(mol dm3) Q; (mol dm)
0.10 0.00 1.3 2.89
0.10 0.05 0.036 4.44
0:10 0.10 0.018 4.74
0.10 0.15 0.012 4.92

Actually, a buffer mentioned above is a large reservoir of CH;COOH and CH;COO-
components. When an acid or H;O" ions are added to this buffer, they will react with
CH;COO" to give back acetic acid and hence the pH of the solution will almost remain
unchanged. The reason is that CH;COOH being a week acid will prefer to remain
undissociated. Similarly, the buffer solution consisting of NH,CI and NH,OH, can resist
the change of pH and pOH, when acid or base is added from outside. When a base or OH~
ions are added in it, they will react with H;O™ to give back H,O and the pH of the solution
again will remain almost unchanged.
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9.7.1 Calculating the pH of a Buffer

How a buffer of definite pH can be prepared.
Consider a weak acid HA and its salt NaA
with a strong base say NaOH. The reversible ~ The body’s blood buffering system, involving

reactions for dissociation of HA and NaA are  bicarbonates, helps maintain a stable pH. The
as follows: compositions of injections are buffered to
ensure that no change in blood’s pH occur.

@g Interesting Information!

HA : H++A—

NaA == Na'+ A"

pH of a buffer solution can be calculated by
using Henderson equation as given below:
[Acid ]
pH = pK,—log —[Salt]

Interchanging the numerator and denominator,

the sign of log changes.

[Salt ]
pH = pK,+log m

This relationship is called Henderson’s equation. This €quation shows that two factors
evidently govern the pH of a buffer solution: First s the pK, of the acid used and the
second is the ratio of the concentrations of the salt and the acid. The best buffer is prepared
by taking equal concentration of saltand acid..So, pH is controlled by pK, of the acid. For
example, for acetic acid — sodium acetate buffer; if [CH;COOH] = [CH;COONa]

[CH; COONa]
[CH; COOH]
pH =pK, + log (1)
So, pH =pK,+0 =pK,
pH = 4:74:
It means thatthe pH of this buffer is just equal to the pK, of the acid.

Quick Check 9.4

a) Explain the impact of common ion effect on solubility.
b) To a saturated solution of AgCl, some of NaCl solution was added.
i.  State the effect of the concentration of Ag™ on the equilibrium.
ii. Explain your answer with respect to the common ion effect.
¢) How does a buffer maintain pH stability?
d) Calculate the pH of a buffer consisting of 0.50 M HF and 0.45 M of a fluoride (F") salt before
and after addition of 0.40 g NaOH to 1.0 dm? of the buffer (Ka of HF = 6.8 x 104).

Then PH=pK,+ log

e) Calculate the pH of a buffer solution in which 0.11 molar CH;COONa and 0.09 molar acetic
acid solutions are present. K, for CH;COOH is 1.85 x 10~




9.8 SOLUBILITY PRODUCT

When a soluble ionic compound is dissolved in water, like NaCl, it dissociates completely
into ions. But for slightly soluble salts the dissociation is not complete at equilibrium
stage. For example, when PbSO, is shaken with water the solution contains Pb%*, SO,*~
and undissociated PbSO,. It means that equilibrium exists between solid solute, PbSO,

and the dissolved ions, Pb>"and SO}~

Lead sulphate is a well-known sparingly soluble compound and it dissociates to a very
small extent like PbCl,.
H,0
PbSOy~— szfaq) + SO42'(aq)

[Pb>*][SO,*]
[PbSO,]

Being a sparingly soluble salt, the concentration of lead sulphate (PbSO,) almost remains
constant. Bring [PbSO,] on L.H.S. with K.

K, [PbSO,] = [Pb>" [SOF ]
if K, [PbSO,] = K,,
then K., =[Pb>][SO,> |= 1.6 x 108 at25°C

K,p 1s called the solubility product of PbSO,. It is the product of molar solubilities of two
ions at equilibrium stage.

Similarly, for another sparingly soluble salt, PbCl,. K, = [Pb?*][CI]?

K, is usually a very small.quantity at room temperature. The value of K, is temperature
dependent. So, the solubility product-is: the product of the concentrations of ions raised
to an exponent equal to the co-efficient of the balanced equation. The value of K, is a
measure of the dissociation of sparingly soluble salt.

C

The following TFable 9.5 shows the K, values of some slightly soluble ionic compounds.
Table 9.5 K, values for some ionic compounds

Salt*‘ " Ion Product K Salt Ion Product K,
AgBr [Ag'] [Br] 5.0x10°13 CuS [Cu?] [S*] 8x10734
AgCl [Ag'][Cl] 1.8x1071° Fe,S; [Fe3]? [S*]? 1.4x107%5

AI(OH); | [A**] [OH]? 3x10734 MgCO; | [Mg?][CO5*] | 3.5x1078
BaCO; | [Ba?] [COs>]| 1.1x10710 MnS [Mn?*] [S*] 3x107!1
CaCO; | [Ca?"][Cas™] | 3.3x107° PbCrO, | [PbZ][CrO,*] | 2.3x10713

CaF, [Ca?] [F]? 3.2x1071 PbSO, [Pb**][SO,*] 1.6x1078
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9.8.1 Applications of solubility product

a) Determination of solubility from K,

For this purpose, we need the formula of the compound and K, value. Then the unknown
molar solubility S is calculated and the concentration of the ions is determined. Table 9.6
shows the relationship between the K, values and the solubility of some sparingly soluble

compounds.
Table 9.6 The relation between solubility and solubility products of some salts

Formula No- of Kop Solubility gdm™
ions al
PbSO, 2 1.69x 10# 1.3%10*
Ca(OH), 3 6.5x 107 14175 x 102
CaF, 3 3.2x 1071 20x 104
Ag,CrO, 3 2.6x 1012 8.7x 1075
Sample Problem 9.4

Ca(OH), is a sparingly soluble compound. Its solubility product is 6.5 x 107°. Calculate
the solubility of Ca(OH),.

Solution
Let the solubility be represented by S in terms of mol dm.
The balanced equation is:

Ca(OH)z(aq) N Ca2+(aq)+2OH_(aq)

Ca(OH)ppy ~—7 — 0 + 0 Initial stage
CaOH)yoq ~ S + S Equilibrium stage

The concentration.of OH" is double than the concentration of Ca2", so
K, = [Ca?"][OH]? = S x (2S)?

483=6.5x 10°
6.5x 10
S3 e
4

S = (1.625)13 x102
S=1.18 x102 mol dm™3

Hence, at equilibrium stage 1.18 x102mol dm> of Ca?" and 2 x 1.18 x102mol dm™ =
2.36 x 1072 mol dm= OH-~ are present in the solution. In this way, we have calculated the
individual concentrations of Ca?" and OH~ ions from the solubility product of Ca(OH),.

b) Common Ion Effect
The presence of a common ion decreases the solubility of a slightly soluble ionic compound.




In order to explain it, consider a saturated solution of PbCrO,, which is a sparingly soluble

ionic salt.
N

PbCrOy4 (g S Pb2+(aq)+ Cr042‘(aq)

Now add Na,CrO, which is a soluble salt. CrO,>~ is the common ion. It combines with Pb?*
to form more insoluble PbCrO,. So equilibrium is shifted to the left to keep K, constant.

¢) Predicting Precipitation

The solubility product can also help in predicting whether the precipitation of a salt will
occur or not. For example, the solubility product of CaSO, is 2 x 1073, If we add 10~ mol
dm solution Ca?* t010"2 mol dm™ solution of SO, ions at 25 °C. The concentrations of
each ionic species can be calculated as

102

[Ca*"]=[ SO*] = = 5.0x 102 mol dm™

[Ca?*][ SO,*]=5.0 x 103 mol dm™ x 5.0 x 103 mol.dm™
=2.5x 10 mol?> dm™®
= 2.5x 10 mol? dm™* > K 0f CaSO,

As the ionic product of concentrations is greater than K, therefore CaSO, will precipitate

sp?

out.
Ionic Product ”l:y@)M)lut'@;O Precipitation
>Kp Supersaturated Yes
= K, Saturated No
<K, Unsaturated No

Quick Check 9.5 &~

a) The solubility.product constant (K,) of silver chloride (AgCl) is 1.77x10719 at 25 °C. A
solution already contains M of 0.10 M AgCl. Find the solubility of AgCl in a solution if 0.10
M sodium chloride (NaCl) is added.

b) Predict whether CaSO, will be precipitated or not when 103 mol dm™ of each of Ca?" and
SO7- is mixed together.

¢) Solution of potassium carbonate is basic.
i.  Explain why the solution is alkaline.

ii. Also give the equation for the hydrolysis of the above salt.
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Interesting Information!

The shell of this nautilus is composed mainly of calcium
carbonate. The nautilus adjusts conditions so shell material is
formed when the concentration of calcium ions and carbonate
ions in seawater are high enough to precipitate calcium
carbonate.

9.9 SALT HYDROLYSIS

When a salt dissolves in water, it dissociates into its constituent ions.:These ions can
interact with water, affecting the solution’s pH depending on the nature of the acid and
base from which the salt is derived.

9.9.1 Salts of Strong Acids and Strong Bases

For salts derived from strong acids and strong bases (e.g:, sodium chloride, NaCl).
The conjugate base of a strong acid (e.g., CI” from HCl) is very weak and does not
significantly react with water. The conjugate acid of a strong base (e.g., Na* from NaOH)
is also very weak and does not significantly react-with water.

H,0 .
NaCl(S) : Na+(aq)+ Cl (aq)

Na™ is the conjugate acid of NaOH (a strong base) and does not affect the pH.
CI™ is the conjugate base of HCI (a strong-acid) anddoes not affect the pH.

The solution remains neutral.

9.9.2 Salts of Strong Acids 'and Weak Bases

For salts derived from strong acids and weak bases (e.g., ammonium chloride, NH,CI),
The conjugate base of the.strong acid (e.g., C1") does not react with water. The conjugate
acid of the weak base (e.g., NH," from NH;) reacts with water to produce H;O" ions,
making the solution acidic.

NH,Cly === NHyy*+Cly

NHj is the conjugate acid of NH; (a weak base) and reacts with water:

+ _ +
NHy" oq T HOq) T NH;q) + H;07 )

CI is the conjugate base of HCI (a strong acid) and does not affect the pH.

The solution is acidic due to the NH," ion.

9.9.3 Salts of Weak Acids and Strong Bases

The example of salt of weak acid and strong base is sodium acetate.

—_




CH;COO" is the conjugate base of CH;COOH (a weak acid) and reacts with water:

(aq) (aq)

Na™ is the conjugate acid of NaOH (a strong base) and does not affect the pH. The solution
is basic due to the CH;COO™ ion.

9.9.4 Salts of Weak Acids and Weak Bases

For salts derived from weak acids and weak bases (e.g., ammonium acetate, CH,COO)
NH,:
The conjugate acid (NH,") and the conjugate base (CH;COO") both affect the pH.
NH, " hydrolyzes to produce H;O".
NH, "4 +H,0 = NHj + Hs0%
CH;COO™ hydrolyzes to produce OH .
_ _\ —
CH;CO0 ) +* Hy0pq = CH;COOH,,, +OH
The resultant pH of the solution depends on the relative strengths of the conjugate acid and

conjugate base. The solution may be acidic, basic, or nearly neutral, depending on which
reaction is more dominant.

9.10 ACID-BASE INDICATORS

An indicator is a substance that changes colour)jto mark a titration’s endpoint. Acid-base
indicators exhibit one colour in acid and another in base. Most indicators used in acid-base
titration are weak organic acids,or bases. In solution, a weak-acid indicator (HIn) can be
represented by the equation below:

Hln ~—— H +In

In™ is the symbol of the anion part of the indicator. Because the reaction is reversible, both
HIn and In™ are present. The colours displayed result from the fact that HIn and In™ have
different colours.

In acidic selutions, any In~ ions that are present act as Brensted bases and accept protons
from the acid. The indicator is then present in largely unionized form, HIn. In basic
solutions, the OH™ ions from the base combine with the H ions produced by the indicator.
The indicator molecules further ionize to equalize the loss of H' ions. The indicator is thus
present largely in the form of its anion, In". The solution now shows the base-indicating
colour, which for litmus is blue.

In basic solution =
3 - @ (&
In acidic solution

Figure 9.2 Unionized and ionized acid-base indicators and their ionised forms exist in an equilibrium
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Different indicators change colour at different pH values. The colour depends on the
relative amounts of HIn and In™ at a given pH. For example, methyl red changes from red
to yellow between pH 4.4 and 6.2. At pH 4.4, the indicator exists mostly as HIn molecules,
which appear red in the solution. The indicator ranges are given below for some of the
commonly used indicators as shown in Figure 9.3.

Methyl orange | — ]
Phenolphthalelnl ‘ B

o 1 2 3 4 S5 6 7 8 9 10 11 12 13 14
pH

Figure 9.3 Range and colour changes of some common Acid-Base indicators

9.10.1 Selecting a Suitable Indicator
The two general criteria for an indicator to be used in a titration are:
® The pH at the end of the titration should be close to theindicator’s neutral point.

® The indicator should indicate a sharp colour change near the equivalence point of the
titration.

Each pH indicator changes colour over a defined range of pH, known as the indicator
range. An indicator changes colour over arange of about2 pH units.
9.10.2 Titration Curve and Equivdlence Point

A pH curve is a graph of the pH of the solution versus the volume of titrant added. The
equivalence point is the point at which,thesamount of titrant added is just enough to
neutralize the analyte solution"eompletely:

Titration curves show how the pH of

an acidic or basic solution'changes 14+
as a basic or acidic solution is added

to it. We can use the titration curve 124
to choose an.indicator that will show 1
when the titration is complete and we

reach the equivalence point. The end

point of the titration occurs when the z
indicator changes colour. We choose an
indicator with an end point close to the

o
B

phenolphthalein

pH = 7.00 at
equivalence point

equivalence point. 4

. E methyl red
1. Strong Acid-Strong Base 2 {"‘"’3
Titration Curve 1 :
As an example of a strong acid—strong 0 10 20 30 40 50 6 70 80
base titration, let’s consider the titration Volume of strong base added (mL)

of HCl with NaOH. Initially, the Figure 9.4 Strong acid-strong base titration curve




solution contains only the strong acid. Since the acid is strong, it completely dissociates,
leading to a high concentration of H* ions and the pH is very low.

As NaOH is added, OH" ions from NaOH begin to neutralize the H" ions from HCI and pH
of the solution rises.

The equivalence point is reached when the amount of OH" added is stoichiometrically
equal to the amount of H' originally present in the acid. The pH at the equivalence point in
a strong acid-strong base titration is 7.0. The titration curve at this stage shows a steep rise
in pH, changing quickly from acidic to neutral. The pH value at the endpoint changes about
from 4.0 to 10.0. These titrations have a pH of 7.0 at equivalence, so, such phenolphthalein
as indicator can be used as they show different colours in this range.

2. Strong Acid-Weak Base Titration Curve

Consider the titration of aqueous NH;
with HCI. Initially, the solution contains
only the weak base and it only partially
dissociates, with a lower concentration of
OH- ions compared to a strong base. The
initial pH will be greater than 7 but lower
than the pH of a strong base. As HCI is
added, the concentration of OH" decreases,
causing a further decrease in pH.

- phenclphthalein

4 — ~-methyl red
Before reaching the equivalence point; the ::::;f; = {_ 3
solution is in a buffer-like region where the 2| peint —
pH changes more gradually. The presence
of the weak base and its conjugate acid 0 | | T T | — |
10 20 30 40 S50 &0 70 80

(from the salt formed) creates a buffering

Valume of HClgy addad {mlL)

effect, which helps to_moderate the pH

. Figure 9.5 strong acid-weak base titration curve
change as the base is added.

The pH at the equivalence point will be less than 7 (pH = 5.27) because the conjugate acid
slightly disseciates, releasing H" ions making the solution acidic (NH,” — NH; + H).

After the-equivalence point, the pH of the solution decreases rapidly. This is because the
strong acid dissociates completely in water, providing a high concentration of hydrogen
ions (H"), which significantly lowers the pH. Methyl orange has its colour change in this
range, therefore, it can be used as an indicator for strong acid-weak base titrations.

Table 9.7 pH ranges of common indicators

Indicators Acid colour Base pH Range Type of Titration
colour
Methyl orange orange yellow 3.2-4.5 strong acid-strong base
strong acid-weak base
Phenolpthalein colourless red 8.2-10.0 strong acid-strong base
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Quick Check 9.6

a) Differentiate end point and equivalent point.
b) Explain how an indicator changes its colour in acidic and basic solution.
¢) Suggest a suitable indicator for weak acid and strong base titration.

d) Suggest a suitable indicator for weak acid and weak base titration.

EXERCISE

MULTIPLE CHOICE QUESTIONS

Q.1 Four choices are given for each question. Seléct the correct choice.
I. Given the following reaction:
NH; )+ Hy0 ) —  NHTqq + OH )

a) NHj; is the acid, H,O is the base. b)' NHj is the base, H,O is the acid.

c¢) NH," is the base, OH" is the acid: d) HjOiis the base, OH" is the acid.
II. The pH of 10~ mol dm™ of an aqueous solution of H,SO, is:

a) 3.0 b) 2.7

¢) 2.0 d 1.5

I11. The solubility productofAgClis2.0 x 10-'° mol?> dm™. The maximum concentration
of Ag" ions in the solution is:

a) 2.0 x 1079 mol dm b) 1.41 x 10 mol dm™
c) 1.0 x 1079 mol dm™ d) 4.0 x 102° mol dm™
IV. Which.indieator is typically used for titrations involving strong acids and strong
bases?
a) Methyl red b) Phenolphthalein
¢) Bromothymol blue d) Litmus solution

V. Which of the following is the conjugate base of water?

a) OH'q b) H'g
¢) H,0 d) H;0%

VI. Which of the following is a Lewis acid but not a Bronsted-Lowry acid?
a) HCI b) NHs

C) AlCls d) H:0




VII. In an acid-base titration, the equivalence point is reached when:
a) pH of the solution is 7.0.
b) The indicator changes colour.
c) Equal volumes of acid and base have been added.
d. The reaction stops.

VIILIf the concentration of CI ion in a solution is increased, the solubility of silver
chloride (AgCl) will:

a) Decrease b) Increase
¢) Remain unchanged d) Become zero

IX. Which of the following pairs of substances can act as a conjugate acid-base pair
according to the Bronsted-Lowry theory?

a) HCIl and NaOH b) NHs and NH,*
¢) H:0 and H2SO4 d) H:0 and'CHa
X. If the pH of a solution is 11, what is the [OH7].concentration in the solution?
a) 1x10°M b) 1 x' 101" M
c) 1x102M d)'1 x 10 M
XI. Which of the following pairs forms a buffer solution?
a) HCI and NaCl b) CHs;COONa and CH;:COOH
¢) NaOH and HCl d) NH; and Na>SOa4

SHORT ANSWER QUESTIONS

Q.2 Attempt the foHowing short-answer questions:

a. Define the following with an example for each:
i) lonization constant ii) Solubility product
i1) Common ion effect iv) Acid-base Indicator
b. Differentiate between:
i) Hydrolysis and dissolution i) Acidic and basic buffer solutions

¢. Explain the concept of conjugate acid-base pairs. How are they related in terms of
proton transfer?

d. What is the relationship between the strength of an acid and the strength of its conjugate base?

e. For the following three reactions, identify the reactants that are Arrhenius bases,
Bronsted-Lowry bases, and/or Lewis bases. State which type(s) of bases each reactant
is. Explain your answers.

1) NaOH(S) = Na+(aq) + OH_(aq) 11) HF(aq) + H2O(1) = F_(aq) + H3O+(aq)
111) H+(aq) + NH3(aq) = NH4 +

(aq)




An amphoteric substance can behave as either an acid or a base. Identify whether water
behaves as an acid or a base in each of the following reactions.

i) H,O + HCl = H;0" + CI~ ii) NH; + H,O = NH," + OH™

iii) HNO; + H,0 = H;0" + NOy iv) CH;COOH+ H,0 = CH;COO™ + H;0"
Which salt would you expect to dissolve more readily in acidic solution: Barium
carbonate or Copper sulfide? Explain. (Ky,gaco,= 1.1 X 10719 K cus sx10)

Why does common ion effect decrease solubility of a less soluble salt?

State the basic principle of solubility product. Mention factors affecting solubility
product.

Prove by equations what happens when Na,CrO, is added to saturated solution of
PbCrO,.

According to the Lewis acid-base concept, boron trifluoride (BF;) can act as an acid.
Is this statement correct?

If the concentration of hydrogen ions in a solution is 1 X 10* M, what is the pH of the
solution?

DESCRIPTIVE QUESTIONS

Q.3

Q4

Q.5

Q.6
Q.7

Describe the Bronsted-Lowry theory of acids and bases. Provide examples of
conjugate acid-base pairs and explain clearly theirrelationship.

Define the Lewis theory of acids.and bases..How does this theory differ from the
Bronsted-Lowry theory? Give examples of Lewis acids and bases that do not involve
proton transfer.

Discuss applications and.implications.of the common ion effect in various fields.
What is the solubility-product foer sparingly soluble salts. Give its two applications.

Describe the general.shape of a titration curve for a strong acid titrated with a strong
base. How can. you'identify the equivalence point on this titration curve?

NUMERICAL PROBLEMS

Q.8

Q.9

Q.1

A buffer solution has a pH of 5.0. It is made from a weak acid HA with a pKa of 4.8.
What is the ratio of the concentration of the conjugate base [A™] to the concentration
of the weak acid [HA] in this buffer?

Calculate the solubility of a sparingly salt lead (II) iodide (Pbl,) in water. It has K=
1.4 x 108,

0 The molar solubility of silver chromate (Ag,CrO,) in pure water at 298 K is 6.5x107°
mol dm3. Calculate the K, of silver chromate at this temperature.

-
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After studying this chapter, students will be able to:

Define the terms redox, oxidation, reduction, and disproportionation (in terms of electron
transfer and changes in oxidation number). (Knowledge)

Apply the concept of oxidation numbers in identifying oxidation and.reduction reactions.
(Application)

Identify the oxidizing and reducing agents in a redox reaction. (Knowledge)

Describe the role of oxidizing and reducing agents in the redox reaction. (Understanding)
Apply the concept of changes in oxidation numbers.to balance chemical equations.
(Application)

Explain how electrolytic cells convert the electrical energy into chemical energy, with
oxidation at the anode and reduction at the cathode. (Understanding)

Predict the identities of substances liberated during electrolysis based on the state of the
electrolyte, position in the redox series, and concentration. (Knowledge)

Apply the relationship between the Faraday constant, Avogadro constant, and the charge
on the electron to solve problems. (Appliecation)

Calculate the quantity of charge passed during electrolysis and the mass or volume of
substance liberated during-electrolysis: (Application)

Deduce the Avogadro censtant by-an electrolytic method. (Application)

Define the terms standard clectrode potential and standard cell potential. (Knowledge)
Describe the standard hydrogen electrode (SHE) and the methods used to measure the
standard electrode potentials. (Understanding)

Calculate the standard cell potentials by combining the potentials of two standard electrodes
and then use these to predict the feasibility of a reaction and the direction of electron flow
in a'simple cell. (Application)

Deduce the relative reactivity of elements compounds, and ions as oxidizing agents or
reducing agents from their electrode potential values. (Application)

Construct redox equations using relevant half- equations. (Application)

Explain how voltaic (galvanic) cells convert energy from spontaneous, exothermic
chemical processes to the electrical energy, with oxidation at the anode and reduction at
the cathode. (Understanding)

Explain how voltaic cells convert the chemical energy from redox reactions to the electrical
energy using Cu-Zn galvanic cell as an example. (Understanding)

Explain how electrode potentials vary with the concentrations of aqueous ions and use the

Nernst equation to predict this quantitatively. (Understanding)
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e Explain the concept of the activity series of metals and how it relates to the ease of
oxidation. (Understanding)

e Deduce the feasibility of redox reactions from activity series or reaction data.
(Understanding)

e Explain the merits of photovoltaic cells as sustainable ways of meeting energy demands by
making reference to the photovoltaic principle. (Understanding)

e Explain the use of the Winkler Method to measure biochemical oxygen demand (BOD)
and its use as a measure of water pollution. (Understanding)

The branch of chemistry which deals with the interconversion of electrical- and chemical
energy is called electrochemistry.

10.1 OXIDATION, REDUCTION, AND REDOX
REACTIONS

Oxidation is a process involving loss of electron or electrons.
Fe” — Fe’+e
Zn" > 7Zn" +e
Here Fe™? and Zn" have lost electrons, therefore they‘are oxidized.
Reduction is a process involving gain of'electron or‘electrons.
Cl’ + el
Cu?+2e— Cu’

In these examples, C1° and €u?* have gained electrons; therefore, they are reduced.

Oxidation and reduction’always take place together. The reactions in which this happens
are called redox reactions.

%@ Interesting Information

Photosynthesis is a redox reaction which provides food for the entire planet, and another one
is respiration that keeps us alive, both are redox reactions.

There are two ways of finding out whether a substance has been oxidized or reduced
during a chemical reaction:

e Electron transfer

e Changes in oxidation number




10.2 OXIDATION NUMBER AND ITS SIGNIFICANCE

The oxidation number are also called oxidation state. An oxidation number is a number
given to each atom or ion in a compound that shows us its degree of oxidation. It is the
apparent charge on an atom (per atom) of an element in a molecule or an ion. Oxidation
number can be positive, negative or zero. The + or — sign must always be included. Higher
positive oxidation number means that an atom or ion is more oxidized. Higher negative
oxidation number means that an atom or ion is more reduced.

10.2.1 Oxidation Number Rules

The oxidation number of any atom or ion can be deduced by using oxidation number rules.
It is important to note that an oxidation number refers to a single atom in a compound,
molecule or ion.

i.  The oxidation number of any uncombined element is zero. For.example, the oxidation
number of each atom in S, H,, Cl,, Na, Mg and Zn is zero:

ii. In either a compound or an ion, the more electronegative element is given the negative

oxidation number. In HF, fluorine has -1 oxidation. number.

iii. In compounds, many atoms or ions have-fixed oxidation numbers, group 1 alkali
metals are always +1, group 2 alkaline earth elementsare always +2, group 3 elements
+3, group 17 halogens in binary compounds are always —1, hydrogen is +1 (except in
metal hydrides, such as NaH, where it is —1), oxygen is —2 (except in peroxides, where
it is —1, and in F,O, where it is +2).

iv. The oxidation number of an element in a mono-atomic ion is always the same as the
charge on the ion, for example, CI is -1, AI3" is +3.

v. In compounds, the algebraic sum of the oxidation numbers of all the elements is zero.
For example HCl'and NacCl.

vi. In polyatomic ions, the algebraic sum of oxidation number equals the charge on the
ion. For example, NH;, CO;? and SO;2.

vii. For transition metals and many non-metals, Ox. No. cannot be fixed as they show
variable Ox. states. Therefore, there Ox. Nos. are always determined by calculations.

While applying the oxidation number rules in the following examples, ‘Ox. No.” as an

abbreviation for oxidation number is used.
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%@ Keep in Mind!

Hydrogen shows -1 oxidation state with all metals.

Hydrogen shows +1 oxidation state with all non-metals.

Oxygen shows negative oxidation state with all metals.

Oxygen shows negative oxidation state with all non-metals except fluorine
Oxygen shows -2, -1 and -1/2 in H,0, Na,0,, and KO, respectively.

10.2.2 Finding Oxidation Number of an Element in a Compound or a
Radical

The oxidation number or state of any atom of an element present.in.a compound or a
radical can be determined by making use of the above-mentioned rules.

Compounds of a metal with a non-metal
A metal always has the positive Ox. No. and nonmetals have'the negative Ox. state
For example, in sodium sulfide, Na,S:
2(+1)+S =0
=2
Compounds of a non-metal with a non‘metal

In compounds containing two different.non-metals,-the sign of the Ox. No. depends on
the electronegativity of each atom. The most electronegative element is given the negative
sign.

Sample Problem 10.1

Find the oxidation No. of S’in Sulfur'dioxide, SO,.
S+2(-2)=0
S=+4

Ox. No. of S=+4
Compound ions

Compound ions are ions with two or more different atoms. Examples are the sulfate ion,
SO3~, and the nitrate ion, NO;™.

Sample Problem 10.2
Calculate the oxidation number (Ox. No.) of sulphur in SO,>".

Solution

[Ox. No. of S] + 4 [Ox. No. of O] =-2
S+4(2)=-2
S=+6




Thus, the oxidation number of sulphur in SO, is +6.

Quick Check 10.1

a) Define oxidation and reduction in terms of electron transfer with examples.
b) Define oxidation and reduction in terms of change in oxidation number with examples.

¢) Determine Ox. No. of:
i) Oxygen (N) in Na,O i1) Iodine (I) in ICI,

iii) Nitrogen (N) in NOj~ iv) Chromium (Cr) in K,Cr,0,
v) Manganese (Mn) in KMnO4.

10.3 DISPROPORTIONATION REACTION

A disproportionation reaction is a chemical reaction where a single substance acts as
both the oxidizing and reducing agent, resulting in two differént\products with different
oxidation states. This type of reaction involves the simultaneous-oxidation and reduction
of the same element.

For example, the decomposition of hydrogen peroxide (H,O,) to form water (H,O) and
oxygen (O,) is a disproportionation reaction:

2H,0,,, —> 2H;,0,, + Oy,

Oxidation number of oxygen in H,O, =-1
Oxidation number of oxygen in H,O = -2(Oxygen is reduced from -1 to -2)
Oxidation number of oxygen in O, =10 (Oxygen is oxidized from -1 to 0)
Similarly

6NaOH + CH (L) - 5NaC1’1(aq) +NaCl*0, (g T3H0
Oxidation number of chlorine atoms in Cl, =0
Oxidation number of chlorine in NaCl =-1 (Cl is reduced from 0 to -1)
Oxidation number of chlorine in NaClO, =+5 (Cl is oxidized from O to +5)
10.4 OXIDIZING AGENT (OXIDANT) AND REDUCING
AGENT (REDUCTANT)

An oxidizing agent (atom, ion or molecule) is that substance which oxidizes some other
substance, and is itself reduced to a lower oxidation state by gaining one or more electrons,
while, a reducing agent (atom, ion or molecule) is that substance which reduces some
other substance, and is itself oxidized to a higher oxidation state by losing one or more
electrons.

If an element X gains one or more electrons and is converted into X~ anion, the element
X is said to be acting as an oxidizing agent, since it withdraws an electron from the other
atom, in this process oxidation number of X has decreased that is:
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For oxidizing agent X+e — X
[Ox. No.= 0] [Ox. No.=-1]
(Higher Oxidation State) (Lower Oxidation State)
For example, Cl+e —— CI”

On other hand, if an element M loses one electron and is converted to M* cation, the
element M is said to be acting as a reducing agent, since it is providing electrons, it gets
higher oxidation state. Thus,

For reducing agent M—>M"+¢
[Ox. No.=0] [Ox. No. = +1]
(Lower Ox. No.) (Higher Ox. No.)
For example, Na ——> Na" + e
Quick Check 10.2 @'

a) Identify the oxidized species and reduced species in thefollowing equations. Also identify
the oxidizing and reducing agents on the reactant.side.

i. Fe,0,,tCO, — Fe ;i +CO,, 1N, CHay,) + 202, — COz, + 2H20,,

b) Identify the species in the following reaction which undetgoes both oxidation and reduction.
i. 2Na,0O,, + 2H,0, — 4NaOH g\ ¥ O,
ii. Pa,+30H , + 3H0 — PHsy,, +3H2PO:

10.5 BALANCING OFREDOX EQUATIONS BY
OXIDATION NUMBERMETHOD

Carry out the following 'steps for balancing of redox equations by oxidation number
method:

i.  Write down'the,skeleton equation of the redox reaction under consideration.

ii. Identify the.elements, which undergo a change in their oxidation number during the
reaction.

iii. Record the oxidation number above the symbols of the element, which have undergone
a change in the oxidation number.

iv. Indicate the change in oxidation number by arrows joining the atoms on both sides of
the equation. It shows number of electrons gained or lost.

v. Equate the increase or decrease in the oxidation number, i.e., electrons gained or lost
by multiplying with a suitable digit.

vi. Balance the rest of the equation by inspection (hit and trial) method.




@g@ Keep in Mind!

a) If an element in a species undergoes only increase in oxidation number or decrease in
oxidation number in a reaction. The specie containing such element is written once on the
RHS of the equation.

Zn, + HCI

b) If an element in a species undergoes both increase in oxidation number or decrease in
oxidation number simultaneously in a reaction (as in case of self-redox or disproportionation
reaction). The specie containing such element is written twice on the RHS of the equation.
First for increase in oxidation number while second is written for decrease in oxidation
number.

—> ZnCly, + Hy

Cl, + NaOH + Cl, —» NaCl + H,0 + NaOCl

c) If an element in a species undergoes increase or decrease in oxidation number as well
as no change in oxidation number in a reaction. The specie containing such element is
also written twice. First, for change in oxidation number while second is for no change in
oxidation number.

HNO, + Cu+ HNO, —» Cu(NO,), *'H;0'+ NO,
HCI + K,Cr,0, + HCl —» Cl, + KCb+ CrCl, + H,0

Sample Problem 10.4

Balance the following equation by oxidationnumber method.

K,Cr,0, + HCl - KCl + CiCL + Cl,+ H,0

Solution:
1. Write down the oxidation number of each element.
K!*,Cré,0%, “H*CI- 25 €10, + KI*CI!- + Cr*Cll, + H'*,0>
2. Identify the elements that show change in oxidation number on both sides.
6¢e”

[ |
KL Cr8t 0% + HUCl — CI8 + KI*Cl- + Cr*Cly + HY O ........ (i)
2
|—'e_

Here, Cr undergoes a change in oxidation state from +6 to +3 and it is reduced (acts as an
oxidizing agent) while CrCl; undergoes a change in oxidation state from -1 to 0 and it is
oxidized (acts as a reducing agent).

3. Multiply Cl, with 3 and Cr with 2 to balance the loss and gain of electrons.
K,Cr,0, + HC1 — 3Cl, + KCI + 2CrCl; + H,O
4. Balance the remaining equation by inspection method.
i) Balance K on both sides by multiplying KCI by 2.
K,Cr,0, + HCl1 — 3Cl, + 2KCl + 2CrCl; + H,O




-

ii) To balance Cl atoms, multiply HCI with 14.

K,Cr,0; + 14HCI — 3Cl, + 2KCI + 2CrCl; + H,O
iii) To balance oxygen, multiply H,O by 7.

K,Cr,0, + 14HCI — 3Cl, + 2KCl1 + 2CrCl,; + H,O

%@ Did you know?

Sequence of the balancing the chemical equation using inspection (hit and trial) method.
Firstly, balance atoms of all elements except nitrogen, oxygen and hydrogen. Secondly,
balance atoms of nitrogen (if in the equation).

Thirdly, balance atoms of oxygen (if in the equation).
Lastly, balance atoms of hydrogen (if in the equation).

Quick Check 10.3 4OV

Balance the given equations by oxidation number method.
i.  Fe,054+CO, — Fet COy,

ii. MnO, +HCl,, — MnCly,, + H,0O + Cl,,

iii. Fe?;)+MnOf, — Fe}, + Mn?

iv. K,Cr,0; ot FeSO, w+ HySO, ) — Cra(SO9); wy + Fex(SO,) s + KoSO,y + HyOy,

10.6 ELECTROLYTIC CELL

An electrolytic cell is a device that conyverts electtical energy into chemical energy through
a process called electrolysis. It consists of two electrodes, typically made of metal or
another conductive material, which are immersed in an electrolyte.

When a direct electric current.is applied, 7 Direct current power supply

one electrode becomes negatively charged T

(the cathode) and the other positively

charged (the anode): Anode Cathode
(Positive electrode) (Negative electrode)

In an electrolytic cell, positive ions ~

in the electrolyte migrate towards the

cathode, “where they gain electrons (a —

reduction process), while negative ions

move towards the anode, where they ,

lose electrons (an oxidation process).

This movement of ions and transfer of Figure 10.1 Main parts of an electrolytic cell
electrons results in chemical changes at the electrodes, effectively converting electrical
energy into chemical energy.

Electrolytic cells are used in the electrolysis of sodium chloride to produce sodium metal and
chlorine gas, the refining and plating of metals, and the production of chemicals like caustic
soda. Electrolysis is generally carried out in an electrolysis cell as shown in Figure 10.1.




* In the electrolysis cell, the electrolyte is the compound that is ionized; it is either a
molten ionic compound or a concentrated aqueous solution of ions.

* The electrodes are, made from either carbon (graphite) or metal, which conduct
electricity to and from the electrolyte, the anode is the positive electrode, the cathode
is the negative electrode.

* The power supply must be direct current.

»  The actual structure of the cell will vary according to the element extracted.

10.7 REDOX REACTIONS IN ELECTROLYSIS

During electrolysis, the positive ions (cations) move to the cathode. When they reach the
cathode, they gain electrons from the cathode.

For example,

Cu** ,,+2¢ —— Cu,

(aq)

+ —
2H gt 260 —— Hyy

Gain of electrons is reduction and it always occurs at the cathode. If metal atoms are
formed, they may be deposited as a layer of metal on the cathode. Alternatively, they may
form a molten layer in the cell. If hydrogen gas is formeds it bubbles off.

The negative ions (anions) move to the )anode. When' they reach the anode, they lose
electrons to the anode. Loss of electrons is. oxidation..Oxidation always occurs at the anode.

For example:

2€1 ) —> Cly, +2¢

(aq)
40H ,, —— Oy, +2H,0, +4e”

Electrolysis is a redox reaction. For example, when molten zinc chloride (ZnCl,) is
electrolyzed, the electrode reactions are:

Cathode:  Zn* j+2¢ —— Zn (Reduction)
Anode: 2ClY,) ———  Cly,t+2e” (Oxidation)
The electron loss at the anode balances the electron gain at the cathode. The overall reaction
is ZnCly,, —— Zn + Cly,
Quick Check 10.4

Molten copper (II) bromide (CuBr,) is electrolyzed using inert electrodes.

i.  Which ions are present in this solution?

ii. Name the electrode on which the formation of copper metal occurs?

iii. Give the half-equation that represents the formation of copper metal.

iv. Write the half-equation for the formation of bromine on the other electrode.




10.8 MASS OF A SUBSTANCE DEPOSITED DURING
ELECTROLYSIS

The mass of a substance produced at an electrode during electrolysis is proportional to the
time over which a constant electric current passes and the strength of the electric current.

Combining current and time, we get the relationship:
Q=Ixt
Where Q = Charge (in coulombs, C)
I = Current (in amperes, A)
t = Time (in seconds, s)

The mass of a substance produced at (or removed from) an electrode during electrolysis is
proportional to the quantity of electricity (in coulombs) which passes.through the electrolyte.

The quantity of electricity is often expressed in terms.of a unit called the Faraday
(symbol F). 1 Faraday is the quantity of electric charge carried by 1 mole of electrons
or 1 mole of singly charged ions. Its value is 96500 € mol™!.

During the electrolysis of silver nitrate solutionysilver is deposited at the cathode.
Aglwg T € > Agg
1 mol Lmol 1 mol

1 Faraday of electricity (96500 C) is tequired to.deposit 1 mole of silver (107.9g). During
the electrolysis of copper(Il) sulfate solution, copper is deposited at the cathode.

Cu*,, +2e&. —— Cu
1-mol. 2 mol 1 mol

The equation shows that.2“moles of electrons are needed to produce 1 mole of copper
from Cu?* ions. So, it requires 2 Faradays of electricity (2 x 96500 C) to deposit 1 mole
of copper (63.5g).

No. of Faraday = No. of moles of electrons gained or lost

10.9 AMOUNT OF SUBSTANCE PRODUCED DURING
ELECTROLYSIS

The value of F can be used to calculate the mass of substance deposited at an electrode and
the volume of gas produced at an electrode.

Sample Problems 10.5

Calculate the mass of lead (Pb) deposited at the cathode during electrolysis when a current
of 1.50 A flows through molten lead(Il) bromide (PbBr,) for 20.0 min. (relative atomic
mass, Ar value: [Pb] = 207; F = 96500 C mol™)

-




Solution:
Step 1 Write the half-equation for the reaction.
Pb**

Step 2 Find the number of coulombs required to deposit 1 mole of product at the electrode.

g 260 —— Pb,

2 moles of electrons are required per mole of Pb formed =2F
=2 x 96500
=193000 C mol™!
Step 3 Calculate the charge transferred during the electrolysis.
Q =Ixt
=1:50-% 20 x 60
= 1800 C

Step 4 Calculate the mass by simple proportion using the relative atomic mass.
193000 C deposits 1 mole Pb, which is 207 g Pb
so, 1800 C deposits = 1.93 g Pb( 20

193000

10.10 AVOGADRO’S CONSTANT BY THE
ELECTROLYTIC METHOD

The Avogadro constant, N,, is the number of specified particles (atoms, molecules, or ions)
in 1 mole. An electrolytic method can‘be used to'find a value for the Avogadro constant by
calculating the charge associated with 1 mole of electrons.

X 1800)

Charge on 1 mole of electrons

A

Charge on 1 electron

The charge on the electron can be calculated by experiment. The results show us that the
charge on the electron is approximately 1.60 x 1071 C.

10.10.1 Finding the Charge on 1 Mole of Electrons

The charge on 1 mole of I||| |
electrons can be found from a N Variable
. . . mmeter resister
simple electrolytic experiment.

The apparatus for this is shown

in Figure 10.2. Copper anode Copper cathode
—

Battery

The procedure is to weigh the
pure copper anode and pure
copper  cathode sepgrately 1 cuson,
arrange the apparatus during the solution
electrolysis of aqueous copper(1l)

sulfate as shown in Figure 10.2. Figure 10.2 Apparatus for calculating the mass of copper deposited
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The variable resistor is used to keep the passing current constant about 0.2 amperes. Pass
a constant electric current for a measured time interval, e.g., 40 min. Remove the cathode
and anode and wash and dry them with distilled water and then with propanone. Reweigh
the cathode and anode.

The cathode increases in mass because copper is deposited. The anode decreases in mass
because the copper goes into solution as copper ions. The decrease in the mass of the anode
is measured. This is preferred because the copper does not always stick to the cathode very
well.

10.10.2 Calculating charge on an electron
A sample calculation is shown below, using a current of 0.20 A for 34 min:

mass of anode at start of the experiment =56.530¢g
mass of anode at end of experiment =56.394 ¢
mass of copper removed from anode =0.136 g
quantity of charge passed Q =Ixt
=0.20 X 34 x 60
=408 .C
As the amount of copper removed is 0.13 g
So, 0.13 g of copper requires =408 C
408
1 g of copper requires =—
8 PP g 0.136
408
63.5 g of copper requires = — x 635
£ PP K 0.136
=190500 C

But the equation for theelectrolysis shows that 2 moles of electrons are needed to produce
1 mole of copper:

Cu*,, +2¢° —— Cu

190500
The charge on 1 mole of electrons = T =95,250 C
If the charge on one electron is 1.60 x 107° C,
95250
Charge on an electron = —— =1.58 x 107 C
6.2 x 10?3

This is in good agreement with the accurate value of 6.02 x 10> mol ™.




Quick Check 10.5

a) An aqueous solution of silver nitrate is electrolysed. Calculate the mass of silver deposited
at the cathode when the electrolysis is carried out for exactly 35 min using a current of 0.18
A. (Ar[Ag] = 108; F =96 500 C mol™")

b) An electric current of 1.04 A was passed through a solution of dilute sulfuric acid for 6.00
min. The volume of hydrogen produced at STP was 41.5 cm?.

i. How many coulombs of charge were passed during the experiment?

ii. How many coulombs of charge are required to liberate 1 mole of hydrogen gas? (F = 96
500 C mol ™)

10.11 ELECTRODE POTENTIALS

(Ease of oxidation and reduction)

During the redox processes, a redox equilibrium exists between two chemically related
species that are in different oxidation states. When a metal is put into a solution of
its ions, an electric potential (voltage) is established between the metal and the metal
ions in solution. This is called electrode potential and it.indicates the ease of oxidation
or reduction of a substance. For example, when a copper rod is placed in an aqueous
solution of its ions, the following equilibrium’exists:

Cu*",+2e == Cuy

There are two opposing reactions in this'equilibrium.

(aq)

a) Metal atoms from the electrode entering the solution as metal ions. This leaves electrons
on the electrode.

Cuy ——— Cu?',+2¢

(aq)
b) Ions in solution accepting-electrons-from the metal electrode and get deposited as

metal atoms on the surface of the electrode.
Cu?*

The redox equilibrium is established when the rate of electron gain equals the rate of
electron loss.

w2 —— Cu

For unreactive metals such as copper, if this equilibrium is compared with the equilibrium
set up by other metals, the equilibrium.

Cu2+

Cu?",, ions are therefore relatively easy to reduce. They gain electrons readily to form
copper metal.

w2 —— Cu

For reactive metals such as vanadium, the equilibrium lies further over to the left.

V22— Vg

(aq)

V2t ions are therefore relatively difficult to reduce. They gain electrons much less
readily by comparison. The position of equilibrium differs for different combinations of
metals placed in solutions of their ions.




ELECTROCHEMISTRY

10.11.1 Electrical Double Layer

It is thought that the absolute electrode
potentials cannot be measured due to the
formation of an electrical double layer,
when an element is placed in a solution of
its ions. For example, when zinc is placed
in a solution containing zinc ions, a few
number of zinc atoms on the surface of the
metal is converted to zinc ions, which go into
solution. This leaves an excess of electrons

on the surface of the zinc electrode. Zine(ll) ions
Figure 10.3 Formation of‘el¢etrical double layer

Zinc rod

—> ZnSO, (aq)

~OOOOOO®
OOOOB®O®

The solution around the metal now has excess
Zn>* ions. Some of these cations near the surface of the zinc are attracted to its surface.
So, an electrical double layer is formed. This buildup of charge causes an electric potential
(voltage) between the metal and the metal ions in solution.as’shown in Figure 10.3.

Due to the formation an electrical double layer, the potential cannot directly be measured.
But the difference in potential between the metal/metal-ion system and another system can
be measured. We call this value the electrode potential, E. Electrode potential is measured
in volts. The system we use for comparison is the standard hydrogen electrode (SHE).

10.12 STANDARD HYDROGEN ELECTRODE (SHE)

The standard hydrogen electrode is_one of several types of half-cell that can be used as
reference electrode. Figure 10.4 shows a standard hydrogen electrode.

This electrode consists of:

e Hydrogen gas at 101 kPa pressure, in equilibrium with H* ions of concentration 1.00
mol dm™3

e A platinum electrode covered with platinum black in contact with the hydrogen gas
and the H™ ions.

The platinum. black is finely divided KL

platinum, which allows close contact of ¢ Hydrogen gas supply
hydrogen gas and H" ions in solution B at 1 atm pressure
so that equilibrium between H, gas
and H" ions is established quickly. The
platinum electrode is inert. Standard
electrode potential E* values for all
half-cells are measured relative to this
electrode. Glass “bell” with % —1 S H* (Imol/dm*3)

a hole in for H, to < o
When connected to another half-cell, bubble out ‘ ,
> Platinum electrode

the value read on the voltmeter gives
the standard electrode potential for that

Platinum wire

R r

Figure 10.4 Standard hydrogen electrode (SHE)




half-cell. The half-equation for the hydrogen electrode can be written:
2H*,,t2¢ == H,, E =000V

It means that hydrogen gas and hydrogen ions have equal tendency to lose and gain electron.

10.13 STANDARD ELECTRODE POTENTIAL (E®)

The voltage of an electrochemical cell will also depend on concentration, temperature,
and pressure of the gas. Therefore, we should use standard conditions when comparing
electrode potentials.

These are:

e concentration of ions at 1.00 mol dm™3

e atemperature of 25 °C (298 K)

e any gases should be at a pressure of 1 atmosphere (101 kPa)

e the value of the electrode potential of the half-cell is measured relative to the standard
hydrogen electrode.

Under these conditions, the electrode potential weimeasure is called the standard electrode
potential. This has the symbol, E°. It is spoken of'as ‘E standard’.

“The standard electrode potential for a half-cell is the\veltage measured under standard
conditions with a standard hydrogen electrodé (SHE) as'the other half-cell”.

10.14 MEASURING STANDARD'ELECTRODE
POTENTIALS

There are three main types.of-half-cell.whose E© value can be obtained when connected to
a standard hydrogen electrode (SHE):

e metal/metal ion half<cell (Cu?"/Cu®)

e non-metal/non=metal ion half-cell (CI'-/CL,) (Pt or C electrode is used)

e ion/ionshalf=cell. (Fe**/Fe3") (Pt or C electrode is used)

Figure 10.5 shows how to measure the E© value for a Cu?"/Cu half-cell. The Cu?*/Cu
half-cell is connected to the SHE and the voltage measured. The voltage is +0.34 V. The
two half-equations are:

Cu2+(aq)+ 20 == Cuy, E°=+0.34V
HY +te —— 12 Hz(g) E®=0.00 V

(aq)

The E° values show us that Cu?" ions are easier to reduce than H' ions (they have a more
positive E© value). Cu?* ions are more likely to gain electrons than H* ions. So Cu?" ions
will accept electrons from the H/H, half-cell and H, will lose electrons to the Cu®*/Cu
half-cell.
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Figure 10.5 Measuring the standard electrode potential of a Cu*/Cty half-cell
Figure 10.6 shows how to measure the E© value for a Zn?"/Zn-half-cell. The voltage of the
Zn**/Zn half-cell is —0.76 V.
The two half-equations are:
2H",,+2e == H,, E?=0.00V
Zn*',, +2¢ == Zn EQ=-0.76:V

The E© values show us that Zn?" ions are more difficult to reduce than H' ions (they have
a more negative E © value). Zn?" ions are less likely.to gain electrons than H' ions. So, Zn
will lose electrons to the H'/H, half-cell and H"ions will gain electrons from the Zn**/Zn

(aq)

half-cell.
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Figure 10.6 Measuring the standard electrode potential of a Zn>*/Zn half-cell

From these two examples, we can see that:
e Reduction takes place at the positive terminal of the cell. For example, in the Zn**/Zn;
H*/H, cell:
2H+(aq)
e Oxidation takes place at the negative terminal of the cell. For example, in the Zn**/Zn;
H/H, cell:

+2e ! —— Hy,

2+ —
Zn,, —> Zn~",,+2¢€




10.15S ELECTROCHEMICAL CELL (GALVANIC CELL)

A cell in which the conversion of chemical energy into electrical energy takes place
spontaneously in exothermic redox process with oxidation at anode and reduction at
cathode. A galvanic cell is designed to take advantage of spontaneous transfer of electrons.

For example:
Cu?"/Cu// Zn** /ZncellE°=1.10V

If we connect two half-cells together, we have made an electrochemical cell. We can
measure the voltage of this cell. Figure 10.7 shows a Cu?*/Cu half-cell connected to a
Zn?**/Zn half-cell to make a complete electrochemical cell.

Half-cells are connected together using:

e wires connecting the metal rods in each half-cell to a high-resistance voltmeter; the
electrons flow round this external circuit from the metal.with the more negative (or
less positive) electrode potential to the metal with the less negative (or more positive)
electrode potential

e a salt bridge to complete High revistance voltmeter

the  electrical  circuit

allowing the movement of W

ions between the two half- N/ i - ¢
cells so that ionic balance  rupper pad ] .~ | Zine red
is maintained; a salt >?
bridge does not allow the 1

movement of electrons.

A salt bridge can be made vl |= —
from a strip of filter paper (or k
other inert porous material) o) Cu 298 K Temperature Zn i

soaked in a saturated = gmeleny Lo o 1 molidm?)
solution of potassium: nitrate.
The voltages for) the half-
cells in Figure /10.7 can be

represented by the following half-equations:

Figure 10.7 An electrochemical cell, made by connecting a
Cu?*/Cu half-cell to a Zn**/Zn half-cell.

Cut,+ 260 = Cu,, E'=+034V

(aq)
2+
Zn~ o)

An electrochemical cell is made by connecting a Cu?"/Cu half-cell to a Zn?>"/Zn half-cell.
The relative values of these voltages tell us that Zn>* ions are more difficult to reduce than
Cu?" ions.

+2¢ = Zn E'=-0.76 V

At the anode, zinc undergoes oxidation, losing electrons to form zinc ions:

Zn, —— Zn**  t2e

(aq)

These electrons travel through an external circuit to the cathode, where copper ions gain
electrons and are reduced to form copper metal:




-

2+ -
Cuyt26 —— Cy
The overall cell reaction can be represented as:
2+ 2+
Ing+ Cuyy —> Zn7 ot Cuy

This process effectively converts the chemical energy of the redox reaction into electrical
energy, which can be connected to perform work.

The voltage generated by this cell is +1.10 V.
E.=E. +E,;= +0.34-(-0.76) = +1.10

In a Cu-Zn galvanic cell, zinc (Zn) serves as the anode, and copper ions (Cu?*) in solution
serve as the cathode.

red

Quick Check 10.6 ~O°

a) What is the function of salt bridge in the voltaic cell?

b) Calculate the voltage of a cell having iron and copper electrodes.
Fe,, =——FeZ +2¢" E°=-044V
Cu +2e- == Cuy, E°=-044V

(aq)
The E © value for the Ag'/Ag half-cell is more positive than for the Zn>*/Zn half-cell. So,
the Ag+/Ag half-cell is the positive pole and 'the/Zn?>"/Zn half-cell is the negative pole of
the cell.

10.16 APPLICATIONS OF¥ E° VALUES
10.16.1 Direction of Electren Flow

We can deduce the direction of electron flow in the wires in the external circuit by
comparing the E© values for the two half-cells which make up the electrochemical cell.
For example, in Figure-10.9 these voltages are:

Agl,te == Ag, EC=+0.80 V

Zn* A 2e == Zn, EC=-0.76 V
The relative-values of these voltages tell us that Zn>* ions are more difficult to reduce than
Ag" ions. So, Zn metal will lose electrons to the Ag*/Ag half-cell and Ag" ions will accept
electrons from the Zn?>*/Zn half-cell. The electrons move through the wires in the external
circuit. They do not travel through the electrolyte solution. So, the electron flow is from the

Zn>*/Zn half-cell to the Ag*/Ag half-cell. In other words, the flow is from the negative pole
to the positive pole. Remember that the more positive pole attracts the negative electrons.

10.16.2 Feasibility of a Reaction Using E° Values

Standard electrode potential values, E©, give us a measure of how easy or difficult it is
to oxidize or reduce a species. The E° values are listed in order of increasingly negative
values. For each half-equation, the more oxidized form is on the left and the more reduced
form is on the right.




e The more positive the value of E©, the greater the tendency for the half-equation to
proceed in the forward direction, and the easier it is to reduce the species on the left of
the half-equation.

e The less positive the value of E©, the greater the tendency for the half-equation to
proceed in the reverse direction, and the easier it is to oxidize the species on the right
of the half-equation.

To check the feasibility of reaction between Mg?" and Ag
Mg?> +Ag — ?
We need half cell equations and E° values
Mg?" +2e0 =— Mg °=-232V
Agh+le = Ag E°=+0.80V

Mg?" are supposed to be reduced here and Ag is supposed to getoxidized, So calculating
E° cell gives us

B = E°-E°
(-2.32) - (+0.80)
-1.52V

Negative value of E°_, indicates the reactionis'not feasible. On the other hand reaction
between Ag" and Mg is feasible as for this reaction E°; will be positive as given below.

E°ai = E’ua-E%
(-0.80) - (-2.32)
+1.52V
Therefore, the feasible reaction is
2Ag" + Mg, —— Mg, + Ag

Strongest
Oxidizing agent

cell ox

\e EHE
Sw 8 FEE-E
E; i Cl; + 2e = Il (aq) E"=+1.36V égg E E
p =] 5 2=
it % Ag'lag) + € = Agls)  E°=+080V -1 1 L
/& = =
|22 3 Cuiagq) + 20 = Cuis) E'=+0.34V g EE
i = -
£z & Hiag) + ¢ === "iHyg) E°=+0.00V ¥ s
-] = =]
@wE g *1 : Zni3 E°=-0.76 ¥ g S
§ispg | 2w —mo o R
RN kR Mg*lag) + 2e === Mg(s)  E"=-238V = é E-
= T b
o& I E 5

Strongest
Reducing agent

Figure 10.8 Standard electrode potentials for some oxidizing and reducing agents




Quick Check 10.7

a) Explain the following keeping in view the standard electrode potential values (E° C12/2CI-
=+1.36 V E° (Br,/2Br") =+1.07 V, E° (I,/2I') = +0.54 V)

i.  The aqueous solution of iodine can be oxidized with bromide or iodide ions.

ii. Why bromine does not react with chloride ions?

10.16.3 Oxidising and Reducing Agents Using E° Values

In the reaction between Cu and Zn?", Cu will not reduce Zn?* ions to Zn. So how can we
reduce Zn?* ions? The answer is to react the Zn’?" ions with a stronger reducing agent,
which should have an E © value more negative than the E© value for.Zn?>"Zn. In Figure
10.13 we see that the half-equation Mg?*/Mg has a more negative E-© value. So, Mg is a
suitable reducing agent.
In*,te —— Zng EC= <0.76 V

EO=-238V

Zn>* is the better oxidizing agent. It is more likely to accept electrons than Mg?* ions. Mg
is the better reducing agent. It is more likely to release electrons than Zn.

Mg*,,t 260 —— Mg,

Compounds can also act as oxidizing and reducing agents. For example KMnO, (+0.54V)
K,Cr,0, (+1.33V) are oxidizing agent because of there'higher E° values. Whereas, KI and
FeSO, are reducing gents due to theirlower E° values.

10.17 VARIATION OF-E° WITH ION CONCENTRATION

The position of an equilibrium reactionis-affected by changes in concentration, temperature
and pressure. If we change the concentration or temperature of half-cell X, the electrode
potential also changes{ Under these non-standard conditions we use the symbol E for the
electrode potential. I.et us take an example of a metal/metal ion equilibrium:

Table 10.1 Variation of Potential with Ion Concentration

[Fe3'] c@%m —3) | [Fe?'] (mol dm 3) E° (V) Effect
>1.00 1.00 +0.85 More positive
<1.00 1.00 +0.70 Less positive

1.00 >1.00 +0.70 Less positive
1.00 <1.00 +0.85 More positive

Le-Chatelier’s principle can be applied to redox equilibria. If we increase the concentration
of the species on the left of the equation, the position of equilibrium will shift to the right.
So, the value of E becomes more positive / less negative change in contraction of ions and

=




its effect on E° is shown in Table 10.1. If two different ions are present in the half-cell, we
have to consider both ions. Let us take the equilibrium between Fe** ions and Fe?* ions as
an example.

Fe’' + e _ Fe2* E9=+0.77V

1.00 mol dm3 1.00 mol dm3

10.18 NERNST EQUATION

If we consider a cell made up from a silver/silver ion electrode and a copper/copper (II) ion
electrode, the reaction taking place is:

Cuy +2Ag",, —— Cu?',+2Ag EC=+0.46V

When E?, is plotted against 05

concentration we obtain a graph 046V <—E®S,

as shown in Figure 10.9. 0.4+

Note that we have plotted the value > 03-

of E.,; (non-standard conditions \Fg

for the cell as a whole) against e

the logarithm of the silver ion 0.1

concentration. The above redox

cell reaction makes the value of ) LN~ SN R R R
.. 8 7 (6. 5 4 3 2 -1 -0

E.., more positive. log [Ag']

The effect of concentration and Figure 10.9-Increasing the concentration of silver ions in the cell
temperature on the value of E_, reaction

can be deduced using the Nernst
equation. For a given electrode, e.g., aCuy,/Cu?*,, electrode, the relationship is:

RT [oxidized form]
E=E°+ /n
zF [reduced form]

where,
E is the electrode potential under non-standard conditions
EQ is the standard electrode potential
R is the gas constant, 8.314 J K~! mol™!
T is the kelvin temperature
z is the number of electrons transferred in the reaction
F is the value of the Faraday constant in C mol™
/n is the natural logarithm

[oxidized] refers to the concentration of the oxidized form in the half-equation

[reduced] refers to the concentration of the reduced form in the half-equation.
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The natural logarithm, /n, is related to log to the base 10 by the relationship
/nx =2.303 log,, x
At standard temperature the values of R, T and F are constant

The equation then becomes

0.059 [oxidized form]
E=E°+ l

0g
z [reduced form]

Sample problem 10.5

What is the electrode potential of a Zn electrode dept in a solution containing Zn>" ions
(0.1M), The e° value of Zn>"/Zn is -0.76V

Using Half equation and E°,
Zn** +2¢¢ —> Zn E°=-0.76V.

8.31 x 298
2 % 96500 1 (0.1)

E = -0.76 + (-0.029) =-0.78 V

Since, concentration of Zn?* is decreased to shift equilibrium backward and electrode
potential decreases to -0.78 V

10.19 ACTIVITY SERIES OF METALS

The activity series of metals is a ranking of metals based on their reactivity, particularly
their tendency to lose electrons and undergo oxidation. Metals higher in the activity series
have more negative standard reduction potentials, meaning they are more likely to lose
electrons and undergo oxidation. Hence such metals act as reducing agents. Metals at the
top of the series are the most reactive with water, oxygen and acid. For example, alkali
metals like cesium and'sodium are highly reactive and oxidize readily, reacting vigorously
with substances like-water to form ions and release hydrogen gas.

E=(-0.76) +

In contrast, metals lower in the activity series, such as noble metals like gold and silver,
do not oxidize easily. Metals at the bottom of the series are the least reactive with water,
oxygen andacid. Thus, the position of a metal in the activity series directly correlates with
its ease of oxidation and overall reactivity. Activity series of metals is actually reactivity
series.

Thus, the activity series can be understood in terms of standard reduction potentials: metals
with more negative potentials are more reactive and oxidize more readily, while those with
more positive potentials are less reactive and oxidize less readily as given in Table 10.2.




Table 10.2 Activity Series of Metals

Metals Ions E'(V) Reaction Occurring Trend
Li Lil* -3.05
K K!* -2.93
Ba Ba2* 2.90 React. with cold water,
replacing hydrogen -
s °
Sr Sr -2.89 2M,, +2H,0,,— 2MOH,,, + H,, 2
Ca Ca®* -2.87 g
Na Nal* 2.71 z
Y
Mg Mg+ -2.37 -
Al AP ~1.66 , g
React with "/steam, but =
Zn Zn** -0.76 not cold. water, replacing :
z
Cr Cr* 0.74 hydreagi :
Fe Fo2* _0.44 My TH,0——> MOq + Hagg g
g
cd Cd?* -0.40 E
Co Co?+ -0.28 g
g
Ni Ni?* -0.25 Do not react with water. E
Sn Sn2+ 0.14 React with acids, replacing 2
hydrogen.
Pb Pb2* 0.13 My THCl gy —> MCl) + Hygy
H,_ He 1000 |mcludedasreference |
Cu Cu®* +0.34
Hg Hg?* +0.92
Ag Agl 10.80 Ugreactlve with water or
acids.
Pt Pt>* +1.18
Au Au?t +1.50
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10.20 FEASIBILITY OF REDOX REACTIONS FROM
ACTIVITY SERIES OR REACTION DATA

The activity series is actually a reactivity series of metals, in order of reactivity from
highest to lowest. It is used to determine the products of single displacement reactions;
whereby metal M, will replace another metal M, in a solution if M, is higher in the series.

From the activity series of metals, we can determine whether the reaction is feasible or not.
We sum up the potentials of half reactions, if potential of the cell is positive, the reaction
is possible if negative, the reaction is not feasible. Let us see the reactions:

F e2(:q) +2e ¥/ Fe E’ o= —0.44V
Agug T le ¥ Ag E'y=+0.080'V

The ovelall reaction is

Fe, + 2Agl,, —— Fe?(, +2Ag Ey=.0.080 — (—0.44) =+1.24V
The cell potential is positive; hence the reaction is feasible.
Consider another example:

From the activity series of metals, we have

Als(;—q)Jr 3e_ A Al (s) E (red) 1 66 V
Agig t le v Ag E’=+0.080 V
Al (aq) + Ag(S) — Al (s) + Ag(aq) E (red) — =-1.66 +0.080=-0.86 V

The sum of E© values of the two.half-cell.reactions is negative. Hence the reaction is not
feasible.

Quick Check 10.8 ~\ 7

a) State the Nernst.equation, why is it significant in electrochemistry.

N

b) What is the'etfect of variation in ion concentration on the standard electrode potential of a
half reaction?

¢) Give.answers using E° values (E®, .5, =+ 0.80 V, E° .y ¢, =- 0.91 V, E% 5. = - 0.44 V

i.  Which of Ag", Cr*" and Fe?", is the strongest oxidizing agent? Which is the least
oxidizing? Explain with reason.

ii. Arrange Ag, Cr and Fe in increasing order of their reducing powers.

d) What is the electrode potential of a Cu electrode dipped in a solution containing Cu" ions
(0.01 M), The E° value of Cu?"/Cu® is +0.34 V.

e) What is the electrode potential of CI7/Cl, half cell at 25 °C, if concentration of CI~ is 0.05
mol dm.

ClL +2e = 2CI °=136V




10.21 PHOTOVOLTAIC CELLS

The word ‘photovoltaic’ is composed of photo (light) and volt (electrical potential). The
cell which converts light energy into electrical energy is called photovoltaic cell.

10.21.1 Principle of Photovoltaic Cells

The central principle behind the operation of PV cells is the photovoltaic effect, which
involves the generation of voltage and electric current in a material upon exposure to light.
The photovoltaic effect involves the excitation of electrons from the valence band to the
conduction band in semiconductors, facilitated by the energy from photons. This process
is improved by the presence of a PN junction, which separates the electrons and holes,
creating a voltage that drives an electric current.

10.22.2 Merits of Photovoltaic Cell as Sustainable Soure¢-of Energy

i. The photovoltaic effect continues as long as light is present,-making it a sustainable
method for generating electricity.

ii. Aphotovoltaic system is a renewable energy source:that converts sunlight into electrical
energy.

iii. The photovoltaic systems use the sun’s energy, making them a sustainable energy
source that is independent of fossil fuels.

10.22 WINKLER METHQD, BOD-AND DO

Biochemical oxygen demand
(BOD) is the capacity of
organic matter in natural
water to consume oxygen
within a period of five days.
The value of BOD (is. the
amount of oxygen consumed
as a result ofDbiological

oxidation of dissolved - - -
organic rpRY 1 the sample. Direction of Flow of River ——>

The oxidation reaction is Figure 10.10 Inverse relationship between BOD and DO

Concentraction

catalyzed by microorganisms which are already present in the natural water. It is measured
experimentally through Winkler method by calculating the concentration of oxygen at the
beginning and at the end of five days period, in which a sealed water sample is maintained
in the dark at constant temperature at 25°C.

Dissolved oxygen (DO) is defined as the amount of oxygen dissolved in water. It is
dissolved either from the atmosphere or released by plants during photosynthesis in water.
Its concentration is between 5 to 8 mg/dm?. The minimum level of DO should be 5 mg/
dm?. Below 5 mg/dm?, the water supposed to be polluted.
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Dissolved Oxygen (DO) and Biochemical Oxygen Demand (BOD) have an inverse
relationship as shown in Figure 10.10. As bacteria consume oxygen in the water while
decomposing organic matter, BOD increases, leading to lower dissolved oxygen (DO)
level.

Winkler method

Winkler method is a technique used to measure the amount of dissolved oxygen (DO) in
water samples. It is based on the idea that dissolved oxygen (DO) in the sample solution,
has oxidizing properties and reacts with KI. The amount of iodine formed is measured by
titrating with sodium thiosulfate using starch as an indicator which turns the solution dark
blue, indicating the endpoint. The amount of iodine formed is proportional to the amount
of dissolved oxygen in the solution.

EXERCISE

MULTIPLE CHOICE QUESTIONS

Q.1 Four choices are given for each'question{Select the correct choice.
I. The activity series of metals arranges metals.in‘order of their:

a) Atomic mass b) Density

c) Ease of oxidation d) Ease of reduction

II. According to the activityseries, which- of the following metals would most readily
displace hydrogen gas-from dilute acids?

a) Copper (Cu) b) Silver (Ag)
c) Magnesium(Mg) d) Platinum (Pt)
II1. The salt bridge allows transfer of ------------ in Zn-Cu voltaic cell.
a) Zn* jons b) SO,* ions
c) Both d) None of these

IV. If Zn-Cu galvanic cell works ideally after complete discharge, both compartments
will have:

a) CuSO, solution b) ZnSO, solution
c) Cu'?ions d) Zn solid

V. Which of the following half-reactions represents a reduction process?
a) Zng,— Zn*',,+2e” b) Fe?,,— Fe®' te

¢) Cly, +2e— 2CI°

(aq) d) 2H",+2e" — Hy,




VI. Which of the following half-reactions represents the oxidation process occurring
in the disproportionation of Cu+?

a) Cu* +2e¢ — Cu b) Cu’,*+e — Cu
¢) Cu'yy— Cu¥yte d) 2Cu’ = Cu®'y+ Cuy,
VII. Ifsaltbridge is not used between two half cells in a Galvanic cell, then the voltage
a) Decrease slowly b) Decrease rapidly
c¢) Does not change d) Drop to zero

VIIL.In an electrolysis experiment, if a charge of 96,500 Coulombs is passed through
a solution, the amount of substance liberated or deposited at.the electrode is
directly related to:

a) Mass number of the ion

b) One mole of electrons being transferred

¢) Avogadro’s number of ions being discharged
d) Standard electrode potential of the metal ion

IX. The experimental determination of Avogadro’s number through electrolysis
typically involves measuring:

a) The current and voltage applied.
b) The mass of the substance deposited or liberated by a known charge.
¢) The conductivity of the electrolytic solution.
d) The temperature changesduring electrolysis.

X. The principle of measuring DO by Wrinkler’s Method is based on
a) lodimetry b) lodometry
¢) Acid-Base tittation d) Complexometry

XI. A positive value for the standard electrode potential (E°) of a metal ion/metal
half-cell (¢.g., Cu?*/Cu) indicates that:

a) Themetal is a strong reducing agent. b) The metal ion is readily oxidized.
¢) The metal ion is readily reduced.
d) The metal will readily displace hydrogen from dilute acids.

XII. Which of the following changes would typically lead to an increase in the rate
of electrolysis?

a) Decreasing the concentration of the electrolyte
b) Increasing the distance between the electrodes

c) Decreasing the surface area of the electrodes

d) Increasing the current passed through the electrolytic cell




SHORT ANSWER QUESTIONS

Q.2 Attempt the following short-answer questions:

a.

- 0 a6 =

How and why electrical double layer is formed?

Why electrode potential of Cu is called reduction potential?

What are the advantages of salt bridge in a galvanic cell?

How can we predict the feasibility of a chemical reaction using the cell voltage?
During electrolysis of aqueous NaCl, why Na is not liberated at the cathode?

Calculate the Ox. No. of chromium (Cr) in the following compounds:
(1) CrCl, (i1) Cry(S0O,), (iii) Cr,0,*

The order of decreasing reactivity of metals based on their position is K > Mg > Zn >
Fe > Cu. Write balanced chemical equations for the reactionsthat would occur (if any)
when:

i) Copper is added to a solution of magnesium sulfate.
ii) Iron is added to a dilute solution of hydroechloric acid.

Explain why some metals higher in the activity series can displace hydrogen from
acids, while others lower in the series cannot:

Calculate the number of Faradays required to deposit 108 g of Ag'*, 63.5 g of Cu?*
and 27 g of AI**,

In an electrolysis experiment, a-current.of 0.500 A was passed through a solution of
AgNO, for 30.0 minutes. The mass of silver deposited on the cathode was found to be
0.503 g. Given that the molarmass ofsilver is 107.87 g mol-! and the charge on a silver
ion is +1. Calculate the value of Avogadro’s number (N,) from this data.

A cell is set up with.a'standard nickel electrode (Ni%},,+ 2~ = Ni, E®=-0.25 V) and

a standard cobalt electrode (Co?,, +2¢ =Coy,, E9=-0.28 V).
i) Identify 'which metal will be the anode and which will be the cathode. Justify

your.answer.
i1). Write the balanced overall cell reaction.

ii1) Calculate the standard cell potential (E°_,; ).

DESCRIPTIVE QUESTIONS

Q.3. How electrode potential varies with concentration of an aqueous solution? Use the

NERST equation to explain this variation.

Q.4. How Avogadro’s number can be derived using an electrolytic cell?

Q.5. Describe the construction and working principle of the Zn-Cu Galvanic cell.

Q.6. What is meant by Standard Hydrogen Electrode (SHE)? How it is used to measure
the electrode potential of another electrode?

-




NUMERICAL PROBLEMS

Q.7 Calculate the electrode potential for a zinc electrode immersed in a 0.010 mol dm™
solution of zinc sulfate (ZnSO,) at 298 K. The standard electrode potential (E°) for
Zn2+<aq)+26_ = Zn,is -0.76 V. (Gas constant, R = 8.31 J K™ mol™, Faraday constant,
F=96500 C mol™)

Q.8. A constant current of 2.00 A is passed through a solution of copper(1l) sulfate (CuSO,
) for 30.0 minutes. Calculate the mass of copper deposited at the cathode. (Molar
mass of Cu = 63.5 g mol™!, Faraday constant, F = 96500 C mol ")

Q.9. A galvanic cell consists of a standard hydrogen electrode (SHE) and a Ni**,, /Ni,
half-cell. The measured cell potential at 298 K is 0.25 V, and the-nickel electrode is
the negative terminal.

a) Write the balanced overall cell reaction.
b) Determine the standard electrode potential (E°) of the Ni>*

/Ni, half-cell.
c¢) Identify which electrode is the anode and which is the cathode.

(aq)




HYDROCARBONS
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HYDROCARBONS

N

Student Learning Outcomes [[(eaiB)IZIRTYeRIBIE )|

After studying this chapter, students will be able to:

Classify hydrocarbons as aliphatic and aromatic. (Understanding)
Describe the nomenclature of alkanes and cycloalkanes. (Understanding)

Explain the shapes of alkanes and cycloalkanes exemplified by ethane and cyclopropane.
(Understanding)

Explain the unreactive nature of alkanes towards polar.reagents. (Understanding)

Define homolytic and heterolytic fission, free“radical initiation, propagation and
termination. (Understanding)

Describe the mechanism of free radical substitution, in“alkanes exemplified by methane
and ethane. (Understanding)

Identify organic redox reactions. (Understanding)

Explain the nomenclature of alkenes. (Understanding)

Explain the shape of the ethene molecule in‘terms of s and p C-C bonds. (Understanding)
Describe the structure and reactivity of alkenes as exemplified by ethene. (Understanding)

Explain with suitable‘.examples the terms isomerism, stereoisomerism, and structural
isomerism. (Understanding)

Explain the dehydration of alcohols and dehydrohalogenation of RX for the preparation of
ethene. (Undéxstanding)

Describe the chemistry of alkenes by the following reactions of ethene: hydrogenation,
hydrohalogenation, hydration, halogenation, halo hydration, epoxidation, ozonolysis, and
polymerization. (Understanding)

Explain the concept of conjugation in alkenes having alternate double bonds.
(Understanding)

Describe the mechanism of electrophilic addition in alkenes, using bromine/ ethene and
hydrogen bromide propene as examples. (Understanding)

Use the IUPAC naming system for alkenes. (Understanding)

Explain the inductive effects of alkyl groups on the stability of primary, secondary and
tertiary cations formed during eclectrophilic addition (this should be used to explain
Markovnikov addition). (Understanding)




Hydrocarbons is a class of organic compounds that consists of only carbon and hydrogen.
Hydrocarbons are abundantly found in petroleum and natural gas. They are frequently used
as domestic and industrial fuels. Generally, hydrocarbons have many synthetic applications.
Unsaturated hydrocarbons, especially alkenes, are used as the starting materials for a
number of industrial products. Most of the products in the form of medicines, plastics,
perfumes, polymers have their origins in hydrocarbons. Hydrocarbons are broadly divided
into two classes that is aliphatic and aromatic hydrocarbons.

11.1 ALIPHATIC AND AROMATIC HYDROCARBONS

The compounds that are not aromatic are called aliphatic hydrocarbons. Aliphatic
compounds may be open chain and cyclic, also they may be saturated-or.unsaturated. If
there are only carbon and hydrogen atoms in an aliphatic compound;it-is called aliphatic
hydrocarbon. Alkanes are acyclic aliphatic hydrocarbons, whereas cycloalkanes are
cyclic aliphatic hydrocarbons. Alkenes and alkynes are acycli¢ and unsaturated aliphatic
hydrocarbons. Figure 11.1 shows some examples of aliphatic hydrocarbons.

| 1] A
H—C—H H—C—C—H \C= / H—C=C—H
| | /
H H
Methane Ethane Ethene Ethyne
H e c:
2
C H,C——=CH N
/ \ ) ‘ S C/ \CH2 H2C| |CH2
H,C—CH >
2C C 2 HZC CHZ HZC_CH2 HZC\C/CHZ
H,
Cyclopropane Cyclobutane Cyclopentane Cyclohexane

Figure 11.1 Aliphatic hydrocarbons

Aromatic hydrocarbons is a special class of cyclic hydrocarbons that have high carbon
to hydrogen ratio and are based on benzene (C H,) or resembling compounds. Benzene
is the basie.aromatic compound and other compounds such as toluene and phenol are its
derivatives. Figure 11.2 presents the structures of some aromatic hydrocarbons.

CH; CH, - CH,
; ! ® tnterest .
e XNen ne” Xen /C\ - 7 Interesting Information!
” | ” | ” | lilhe termkaromazlic was derived from
the Greek word ‘aroma’ meaning
HC\C/ cH HC\C/ cH HC\C/ CH “fragrance” and is used in organic

H H H chemistry for a special class of
compounds (aromatic compounds)

Benzene Methylbenzene Ethylbenzene having characteristic odour

Figure: 11.2 Some aromatic hydrocarbons
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11.2 NOMENCLATURE

11.2.1 Alkanes or Paraffins

Alkanes are saturated hydrocarbons with the general
formula C H,,,,. Methane (CH,) is the simplest member
of this family. The homologous series of alkanes with
condensed structural formulae and molecular formulae

is shown in Table 11.1.

@§ Did You Know?

Butane is a fuel used in
lighters. Isobutane is used as a
propellant in products such as
shaving gel.

Table 11.1 Condensed structural formulae and molecular formulae of alkanes

IUPAC Molecular Condensed structure \&
Name formula o)
Methane CH, CH,
Ethane C,Hq CH, CH,
Propane C;Hg CH; CH, CHj,
Butane C,H,, CH; CH, CH, CH,;
Pentane CH,, CH,; CH, CH, CH,.CHj}
Hexane C¢H,, CH, CH, CH, CH, CH, CH;
Heptane CH, CH, CH, €H; CH, CH;,CH, CH,
Octane CsHq CH, CH; CH, CH,CH; CH, CH, CH,
Nonane C,H,, CH, CH, CH, €H, CH, CH, CH, CH, CH,
Decane (GTLIES CHy CH, CH, CH, CH, CH, CH, CH, CH, CH,

What we obtain after the removal of one hydrogen atom from an alkane is called an alkyl
group. The resulting alkyl groups are named by replacing —ane of the alkanes with —yl.
Few examples are shown in Table 11.2 & Table 11.3.

Table 11.2 Alkyl groups, their names and abbreviations

Me Alkyl group Abbreviation
CH, CH;- Me—
Methane Methyl
CH;-CH; CH;-CH,- Et—
Ethane Ethyl

For alkanes with more than two carbon atoms, more than one alkyl groups can be derived.




Table 11.3 alkyl groups, straight chain and branched and their names

Alkane Possible Alkyl Groups
I
CH,CH,CH,; |CH,CH,CH,—— CH,CHCH,
Propane n-Propyl group Iso-Propyl group
(Propyl) (1-Methylethyl)
I I
H3CH2CH2CH3 CH3CH2CH2CH2 — CH3CH2CHCH3 CH3CIHCH2_ CH3CICH3
Butane CH, CH,

n-Butyl group sec-Butyl group Iso-Butyl group-tert-Butyl group
(Butyl) (1-Methylpropyl)  (2-Methylpropyl) (1,1-Dimethylpropyl)
11.2.2 Nomenclature of Alkanes

Branched chain alkanes are named according to the following rules:

1. Locate the longest continuous chain of carbon atoms; this chain determines the parent
name for the alkane. We designate the following compound as a hexane because the
longest continuous chain contains six carbon.atoms, that is, a bent chain.

H,C —CH,— CHN /CH, it — CH,

The longest continuous chain may not always be obvious from the way the formula is
written. Notice, for example, that the following alkane is designated as a heptane because
the longest chain contains seven carbon atoms.

[H3C - _CH,—CH,— CH,— CH

I
CH,

|
CH,
2. Number-the longest chain beginning from the end nearest to the substituent. Applying
this rule, we number the two alkanes shown below in the following way.

Substituent

7 6 5 4 3
H,C —CH,—CH,— CH,— $H

6 5 4 3 2 1
H,C — CH,— CH,— CH,— CH — CH,

Substituent \g@
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3. Use the numbers obtained by applying rule 2 to designate the location of the substituent
group. The parent name is placed last, and the substituent group, preceded by the
number designating its location on the chain, is placed first. For example:

7 6 5 4 3
bLCCHZCHZCHZCH CH)

3-Methylheptane

6 5 4 3 2 1
H,C —CH,—CH,— CH,— CH —CH,

2-Methylhexane @

4. When two or more substituents are present, give seach substituent a number
corresponding to its location on the longest chain. For example, we designate the
following compound as 4-Ethyl-2-methylhexane.

1 2 3 4 5 6
H,C —CH — CH,—(CH *— CH,— CH,

e

4-Ethyl-2-methylhexane

The substituent groups should be ‘listed alphabetically (i.e. ethyl before methyl). While
deciding on alphabetical order.ignore multiplying prefixes such as “di”” and “tri”.

5. When two substituents are present-on the same carbon atom, use that number twice.

CH,
1 2 ‘3 4 5 6
H,C —CH,—C‘I ~ CH, CH  CH,
C‘Hz
CH,
3-Ethyl-3-methylhexane

6. When two or more substituents are identical, indicate this by the prefixes di, tri, tetra,
and so on. Then make certain that each and every substituent has a number.

CH,
H,C —(‘JH— (‘:H— CH, H,C —(‘JH — CH— (‘JH— CH,
CH, CH, CH, CH,
2, 3-Dimethylbutane 2,3,4 Trimethyl butane
H,C CH,
HC —C——C—CH—CH,
H,C CH,

2,2, 3, 3-Tetramethyl butane




Applying these six rules allows us to name most of the alkanes that we shall encounter.
Two other rules, however, may be required occasionally.

7. When two chains of equal length compete for selection as the parent chain, choose the
chain with the greater number of substituents.

7 6 5 4 3 2 1
H,C —CHZ—‘CHZ— (‘?Hz— (‘?H - $H— CH,
CH, CH, CH, CH,
|
CH,
|
CH,
2, 3, 5-Trimethyl-4-propylheptane

8. When branching first occurs at an equal distance from either end of the longest chain,
choose the name that gives the lower number at the first point of difference.
6 5 4 3 2 1
CH, —FHZ— CH,— (‘ZH — (EH— CH,

CH, CH, CH,
2, 3, 5-Trimethyl-hexane (not-2.4;5 trimethyl hexane)

11.2.3 Nomenclature of cycloalkanes

Cycloalkanes are named by attaching the. prefix ‘cyclo’ to the names of the alkanes
possessing the same number of carbon atoms’as in Figure 11.3

CH, — CH, H C—CH—CH‘ ‘ |

Common name: Isopropylcyclohexane Common name: n-Propylcyclohexane

Ethylcyclohexane TUPAC . name: 1-Methylethylcyclohexane 1,1,4-Trimethylcyclohexane TUPAC name: Propyclcyclohexane

Quick Chedk¥.1

a) Write down the structural formulas for 2-Methylbutane and 2,2-Dimethylpropane.
b) Write down displayed formula of 2,3,3-Trimethylhexane and Methylcyclohexane.
¢) Give two differences between molecules of cyclopentane and pentane.

d) Eicosane is a straight chain alkane whose molecules contain 20 carbon atoms. What is the
molecular formula of eicosane?

Figure 11.3 Naming cycloalkanes

11.2.4 Shapes of Alkanes and Cycloalkanes

The carbon atom in an alkane has four sp® hybridized orbitals and forms four single bonds
that are equidistant from each other as in Figure 11.4. Alkane molecules have a tetrahedral
shape around carbon atoms.




- HYDROCARBONS

Carbon atoms in alkane molecules form sigma bonds with surrounding carbon and
hydrogen atoms.

As a result, carbon atoms in
alkanes are surrounded by 4
pairs of bonding electrons which
equally repel each other to form
109.5° bond angles and a C-C

bond length of 1.54 A. The 100 5°

shapes of organic molecules are

generally represented using ball ; Mﬂlﬂ‘““ﬂ Ethane
and stick formula. The shapes 5P hybrid tetrahedral

of some straight chain alkanes Figure 11.4 sp3 hybridised methane-and ethane

are shown in Table 11.4.
Table 11.4 Shapes of some straight chain alkanes

IUPAC name & ,@ Y
Molecular Structural formula Structure
formula

Methane
CH,

Ethane
CHEl,

Propane

C3H8 A(
AN

\ )
N

Cycloalkanes are cyclic, meaning that the carbon atoms of the molecule are arranged in the
form of a ring. Cycloalkanes are also saturated, meaning that all of the carbons atoms that
make up the ring are singly bonded to other atoms. The structural shapes of cyclopropane,
cyclobutane and cyclopentane are shown below (Table 11.5)




Table 11.5 Shapes of few cycloalkanes

IUPAC name &
Molecular Structural formula 3D Structure
formula
H,
Cyclopropane C
C,H, \
H,C——CH,
H,C——CH,
Cyclobutane
C,H;
H,C——CH,
CH,
Cyclopentane H2C\C/
C4H10 \ H,
H,C CH,

11.2.5 Physical Properties of Alkanes

1. Alkanes containing upto four carbon atoms are gases while pentane to heptadecane (C;
to C,,) are liquids. The higher members from'C,; onwards are waxy solids. Alkanes are
colourless and odourless.

2. Alkanes are non-polar or very weakly.polar and are insoluble in polar solvents like
water, but soluble in non-polar solvents, such as-hexane, benzene, ether, etc.

3. Their physical constants, e.g. boiling points, melting points, density, etc increase with
the increase in number of carbon-atoms, whereas solubility decreases with the increase
in molecular mass. The boiling points.of alkanes having branched chain structures are
lower than their isomerie. normal chain alkanes, e.g. straight chain butane has a higher
boiling point -0.50 °C than 2-Methylpropane (isobutane, -11.7 °C).

a) Why do hed alkanes have lower boiling points than the straight-chain alkanes?
b) Expla Qﬂy alkanes have a tetrahedral shape.

¢) D the shapes of cyclopropane and cyclopentane.

11.3 REACTION MECHANISM AND MODES OF BOND
BREAKING

Reaction mechanism is the series of steps that take place in the course of the overall
reaction. Like all chemical reactions, organic reactions involve the breaking of chemical
bonds. There are two ways in which covalent bonds can break.
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(a) Homolytic Fission ( Homolytic Cleavage )

Homolytic fission occurs when the - f\
covalent bond breaks evenly to produce A

free radicals. Free Radical is a species

that contains an unpaired electron and is

very reactive. Free radicals are extremely Cr\ le hv cl + cr
reactive because of the tendency of
unpaired electrons to become paired.

Homolysis A + B

Free radicals

A4

Free radicals

Figure 11.5 Homolytic fission and free radical formation

(b)  Heterolytic Fission

Heterolytic fission occurs when
the covalent bond breaks in such a
way that the originally shared pair

(Heterolytic cleavage)

of electrons is gained by one atom % /\VB - 2. g®
only and oppositely charged ions are v
produced. This bond fission is shown P|I }|I
by full curly arrows in mechanisms. A, ..
Y Y H—C—Q_l: s H—C® + P
11.4 UNREACTIVE I |

NATURE OF ALKANES
TOWARDS POLAR REAGENTS

The alkanes or paraffins (Latin: parum =
little, affins = affinity) are inert.towards
acids, alkalis, oxidizing .and, ‘reducing
agents under ordinary conditions.~The
lack of reactivity of alkanes under normal

Figure 11.6.Heterolytic fission and formation of ions

%@} Did You Know?

Hydrocarbon = combustion  produces
CO2, a greenhouse gas contributing to
climate change. Incomplete combustion

conditions may be explained on the basis
of the non-polarity of the bonds forming
them. The electronegativity values of

can release carbon monoxide (CO) and
particulate matter, which have serious
health and environmental consequences.

carbon (2.5)\and hydrogen (2.1) do not
differ appreciably and the bonding electrons between C—H and C—C are equally shared
making them almost non-polar and generally unreactive.

The unreactive nature of alkanes can also be explained on the basis of inertness of a sigma
bond. In a sigma bond the electrons are very tightly held between the nuclei which makes
it a very stable bond. A lot of energy is required to break it.




11.5 REACTIONS OF ALKANES

Under high temperature or suitable conditions, alkanes undergo two types of reactions.
i.  Thermal and catalytic reactions ,e.g. Combustion and cracking

ii. Free Radical substitution reactions are the reactions that involve replacement of one
atom, or group of atoms by another through the free radical mechanism.

11.5.1 Free radical Substitution Reactions

Substitution reactions of alkanes take place in the presence of light energy through the
formation of highly reactive free radicals. An example is the substitution of a halogen
atom with a hydrogen of an alkane, called halogenation. Alkanes react with chlorine and
bromine in the presence of sunlight or UV light resulting in the successive replacement
of hydrogen atoms with halogens. The extent of halogenation depends upon the amount
of halogen used. Reaction of alkanes with fluorine is highly wiolent and results in a
mixture of carbon, fluorinated alkanes and hydrofluoric acid. Iodine does not substitute
directly because the reaction is too slow and reversible. The.order of reactivity of halogens
is:

F,>ClL, >Br,>1,
Halogenation involves the following three steps:
i) Initiation step is the first step in the mechanism-of free radical substitution of alkanes

by halogens. It involves breaking the halogen-halogen bond homolytically using energy
from the UV light.

Iy hv o o + cr

>

ii) Propagation step is'the second step in the free radical substitution in which the initially
formed radicals attack the alkane molecule generating more free radicals.

H H
H—Clql + CI° ————>» H—C- + H—Cl
! !
H H
H—(|:- + cf\—f*Q ——» H—C—CI+ CI'
! !

iii) Termination step is the final step in a free radical substitution in which two free
radicals react together to form a product. The termination may take place in different ways.
The chloride and alkyl radicals may combine to form a chloroalkanes or two chloride
radicals may also react to make the chlorine molecule.

Another termination mode is the formation of alkane with double number of carbon atoms
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which takes place when two alkyl radicals merge together. This type of termination is rare
and the alkanes with double carbon atoms are formed in traces. However, its presence is
evident of free radical substitution mechanism.

H H
i) H—c| +  a —> H—(|J—C1
) )
H H H H
ii) H—(|:- + -(|:—H > H—C|—C|—H
Lo b
iii) ca + a — 5 c——=cCl

By repetition of step (ii), propagation step, a mixture of (halogen substituted products
(chloroalkanes) is obtained. The more the chlorine gas in reaction mixture to start with,
the greater the proportions of chlorine atoms in_the chloroalkane molecules formed.
Trichloromethane is also known as chloroform and tetrachloromethane is also known as
carbon tetrachloride.

@g@ Interesting Information!

Haloalkanes are anaesthetic in nature. Theanesthetic power of a haloalkane increases with the
number of halogen atoms. Use of these.as organic solvents in lab is strictly monitored due to
their toxic nature.

Further substitution Further.substitution Further substitution
with Cl radical with Cl radical with ClI radical

cr cr m

CH3C1 > CH2C12 —— CHC13 — CC14

Chloremethane Dichloromethane Trichloromethane Tetrachloromethane

Quick Check 11.3

a) Explain why alkanes have high stability?
b) What are major types of reactions that alkanes undergo?
¢) How the termination step occurs in the halogenation of alkanes?

d) State the conditions under which a mixture of halogenoalkanes is obtained from the
halogenation of alkanes.

e) Predict the products of the free radical chlorination of ethane.




11.6 ALKENES
11.6.1 Nomenclature of Alkenes:

Alkenes are unsaturated hydrocarbons, wunsaturated hydrocarbons are compounds of
hydrogen and carbon only whose molecules contain carbon to carbon double bonds (or
triple bonds). Alkenes have two hydrogen atoms less than the corresponding saturated
hydrocarbons with general formula C H,,.

The TUPAC rules for naming alkenes are similar in many respects to those for naming
alkanes.

1. Select the longest continuous chain that contains the C = C as the parent chain. Change
the ending of the name of the alkane of identical length from — ane to — ene, e.g.,
H,C — CH,— CH,
6 5 4 3 2 1
H,C—CH,— CH,— C=— CH— CH,
3-Propyl 2-hexene

2. Number the chain so as to include both carbon atoms-of the double bond. Numbering
begins from the end nearer to the double bond.
CH,

6 s 4 3 2 1
H,C —CH,— CH,» - C = CH— CH,
5-Methyl-2-hexene

3. Designate the location of the double bond by.using the number of the first atom of the
double bond as a prefix.

1 2 3 4 1 2 3 4 5
H,C — CH,— CH,>— CH, H,C — CH CH, — CH,— CH,
1-Butene 1-Pentene

4. Indicate the locations of the substituent groups by the numbers of the carbon atoms to
which they are attached.

CH, CH,
O 1 2| 3 4 5| 6
. A 4 H,C — C== CH — CH,— C— CH,
H,C—- C— CH — CH, \
CH,
2-Methyl-2-butene 2, 5, 5-Trimethyl-2-hexene

11.6.2 Preparation of Alkenes

Alkenes are prepared by the removal of small atoms (H, OH, X) from the adjacent carbon
atoms of the saturated compounds, so as to create a double bond between carbon atoms.
These reactions are known as elimination reactions. In such reactions, a small molecule
such as H,O or HCl, is removed from adjacent carbons in an organic molecule. Preparation
of ethene through various methods is being discussed below:
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i) Dehydration of Alcohols

Ethene is prepared by heating a mixture of ethanol and excess of concentrated sulphuric
acid at 180°C. The reaction involves the removal of a water molecule from the alcohol

molecule.
H,SO,
CH,CHOH ——» CH,=CH, + H,0
Ethanol heat Ethene water

In the first step, ethyl hydrogen sulphate is formed which decomposes on heating to
produce ethene.

180°C

CH,—CH,OH + H,SO, ——— > CH,-CH,- OSO;H+ H,0O
heat

CH,—CH,0SO;H ——— > H,C=CH, ++_ H,SO,

ii) Dehydrohalogenation of Alkyl Halides
On heating, ethyl bromide with alcoholic KOH, ethene is formed. Removal of hydrogen
and halogen takes place from adjacent carbon atoms.to create a double bond.

heat
H,C-CH,—Br + KOH , — H,C=CH, + KBr + H,0

(alcoholic

11.6.3 Physical Properties

i. First three members i.e. ethene, propene and butene are gases at room temperature
while C; to C,5 are liquids and the higher members are solids.

ii. They are insoluble in water.but soluble in alcohol.

iii. They have characteristic.smell and-burn with luminous flame.

iv. Unlike alkanes, they'show weakly polar properties because of sp? hybridization
Quick Check 11.4\'“

a) Give the reactions of propanol with H,SO,, write down all the reaction involved:
b) Name thefollowing alkenes:

i) CH;CG(CH,)=CH-CH, ii) CH,=CHCH(CH,),
¢) Draw the structural formulas of the following alkenes:
i) 3-Methyl-2-butene ii) 2-Methyl-4-ethyl-2-pentene

d) Give the dehydrohalogenation reaction of bromopropane.
e) Can propanol undergo dehydration? If yes give reactions involving dehydration.

11.7 STRUCTURE AND REACTIVITY OF ALKENES
11.7.1 Structure of Alkenes

Ethene (C,H,) is the simplest alkene. Each carbon atom in ethene is sp? hybridized and
forms three equivalent sp? hybrid orbitals which lie in the same plane. The unhybrid p-
orbital lies perpendicular (90°) to the plane of hybrid orbitals as shown in Figure 11.7.




These sp? orbitals are formed by mixing of the 2s orbital with two 2p orbitals leaving one
unhybrid p orbital. In ethene, each carbon uses two sp? orbitals to form two C—H bonds
each. The remaining sp? orbital on each carbon is used to form a carbon-carbon ¢ bond by
linear overlap as in Figure 11.8.

The unhybrid p-orbitals of each @%@ Interesting Information! ;
carbon atom which are parallel Plants produce ecthene as a -
to each other overlap laterally natural  ripening hormone.  For
to form another carbon-carbon efficientharvesting and transportation to
bond. This bond formed by the market, fruits and vegetables are often
lateral overlap of p-orbitals is picked unripe and exposed to ethene so
called a ™ bond. they could ripen in short time.
V4 Is 1s
Unhybrid p~_ ! o NYId g
orbital \ Y )
o- bon o-bond
. k o- bond /
— —X
\ /~ 7 \ o-bond
Hybrid sp? K bond P
I 3
The set of orbitals sp? & p Is Is
Figure 11.7 sp? hybrid & unhybrid p orbitals of C Figurel1.8 Bond formation of carbons in ethene

The two carbon atoms forming a double bond and the four atoms attached directly to them
lie in the same plane. The remaining-p-orbital en'each carbon is used to form the  bond.

The sp? hybridization results in atrigonal planar arrangement
around each carbon atom. The bond angles-are approximately \ /
120°, leading to a planar melecule as-shown in Figure 11.9. 1200 C f “

11.7.2 Reactivity ofm\bond / ~— \

Alkenes are more reactive than alkanes due to the presence

of the double b‘ond'. The probability of fmding elegtrons is Figure 11.9 Structure of ethene
away from the line joining the two nuclei. Due to this reason

n-electrons are less firmly held between the nuclei. A @ bond is, therefore, a weak bond as
compared to a o-bond. During a reaction it breaks comparatively easily rendering alkenes
as reactive group of compounds. Moreover, the loosely held n-electrons are more exposed
to attack by the electrophilic reagents. Alkenes, therefore, undergo electrophilic addition
reactions very easily.

@g@ Did You Know?

Electrophile is a species that can act as electron pair acceptor, it is represented by E*.
Alkenes act as nucleophile because they contain @ electrons. Nucleophile is a species that
can act as a donor of a pair of electrons, it is represented by Nii.
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Quick Check 11.5

a) How does an alkane differ from an alkene in stability?
b) Which of the following species is likely to act as a nucleophile? Why?

i) H, i) H* iii) OH-
¢) Which of the following species is likely to act as an electrophile? Why?
i) H, il) H* iii) OH-

The reactions of alkenes mostly proceed through the formation of carbocations. Therefore,
before studying the addition reactions of alkenes, the concept of carbocations and their
stability is very important.

11.7.3 Carbocation Stability and Inductive Effect of Alkyl\group

Carbocation is an alkyl group with a single positive charge on one of its carbon atoms.
Carbocations are classified into following types.

i. Carbocation which is bonded to H only is named as methyl carbocation.

ii. If carbocation is bonded to one C or alkyl substituent, it is named as primary 1°
carbocation.

iri. If it is bonded to 2 carbons (alkyl substituent). directly, it is named as secondary 2°
carbocation.

iv. Ifitis directly bonded to 3 carbons (alkyl'substituent), it is as tertiary 3° carbocation

The inductive effect of alkyl groups plays an important role in the stability of carbocation.
The polarization of a ¢ bond due to electronwithdrawing or electron donating effect of
adjacent groups or atoms is reférred to as inductive effect. Alkyl groups have a slightly
electron donating inductive_effect. Electron donating species, are said to have positive
inductive effect (+1), whereas electron-withdrawing species, such as a halogen atom, have
a negative inductive effect (-1).

The alkyl groups attached to the positively charged carbon atoms are electron donating
groups. Due to'the positive charge on the carbon atom, carbocation is electrophile. The
inductive effectis shown by the arrowheads on the bonds to show the alkyl groups pushing
electrons.towards the positively charged carbon.

| | { y
H—C|® < R+T® < R—>C® < R—>CO®
H H

Methyl: No alkyl group 1°: One alkyl group ~ 2°: Two alkyl groups = 3°: Three alkyl groups
donating electrons donating electrons donating electrons donating electrons

Stability increases

Figure 11.10 Inductive effect and Stability of carbocation

-




As a result, the carbocation become less positively charged which makes it energetically
more stable. The stability of carbocation ions increases with a number of alkyl groups due
to their +I effect. This means that tertiary carbocation is the most stable as they have three
electron-donating alkyl groups which energetically stabilize the carbocation Figure 11.10.

11.7.4 Electron Withdrawing Inductive Effect

Electron withdrawing groups, such as a halogen atom, have a negative inductive effect
(-D). Halogen withdraws bonded electrons from carbon to carbon bond and thus displays
negative inductive effect. This causes a permanent dipole to arise in the molecule wherein

the halogen atom holds a negative charge and carbon become partial positive Figure 11.11.
Less positive charge than C,

@ (yLess electronegative

8++

4 3 2 1 &
More electronegative

Electron deficient C, pulling
electrons from C,-C, covalent-bond

Figure 11.11 Inductive effect and pelarization-ef sigma bond

11.8 REACTIONS OF ALKENES

Alkenes are unsaturated hydrcarbons and they‘undergo electrophilic addition reactions
mostly. Other minor types of reactions include oxidation, combustion and polymerization
reactions.

11.8.1 Electrophilic Addition Reactions

The reactions in which-an electrophile is added to the double bond of an alkene is called
electrophilic addition‘reaction.

Mechanism of €léctrophilic addition in alkenes

The C=C._'in- alkenes is a [} .
” : . X% electrophile
region of“high electron density

making susceptible to attack by H — H H i
electrophiles. Alkenes reacts /C;C\ - X_/C_C\(_B/:;'bocation
with an electrophile to give a H H H
carbocation intermediate that v© nucleophile

then reacts with a nucleophile. In

the generalized mechanism as in H\ /H) H H

Figure 11.12, X" represents an X—C—C® X—C—C—Y
electrophile and Y™ represents a H/ \H H/ \H

nucleophile. Figure 11.12 Generalized mechanism of electrophilic addition
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Quick Check 11.6

a) How do alkenes react with an electrophile?
b) Why the order of stability of carbocation is 3° > 2° > 1°?

1. Halogenation

Halogenation means addition of halogens like chlorine or bromine. When bromine water
(a solution of bromine in water having red-brown colour) is added to ethene in an inert
solvent like carbon tetrachloride, its reddish brown colour is discharged at once. This
reaction is used to identify the unsaturation of an organic compound.

607
CH, =CH, + Br, ———> Br-CH,-CH,-Br
Mechanism
The above reaction proceeds through a three—steps mechanism-as given below:

i) Bromine (Br,) is a non-polar molecule, however, when'a bromine molecule gets closer
to the double bond of an alkene, the high electron density in the double bond repels the
electron pair in Br-Br away from the Br atom. As-a result of this, the Br atom closest
to the double bond is slightly positive and acts as an electrophile.

Electrophile

H H o
\C= / L("é;\, .:I >+ \:.
/ \ \Br v Bri.-

H H (_, Induced Dipole
The double bond repels the electrons
High area of electron density away from the closest Br atom

Non-polar molecule

ii) The 0" bromine of Br,'is attacked by the 7 electrons in the double bond and the partial
positive bromine accepts a pair of electrons from the C=C bond in the alkene. This
results in the formation of a highly reactive carbocation intermediate.

ii1) This carboeation intermediate reacts with the Br (nucleophile) to make the product.
Mechanism is shown below Figure 11.13.

Mechanism: Primary
carbocation
H m H H H H
/ S+ §— Room Temp. | | | |

>C Br —Br ——— > H—C—C—H—=> H—C—C—H

—C
y ﬂ.\H A | @ 5 |
Br BY Br Br

. 1,2-Dibromoethane
Donates electrons pair to Br™ ’

Figure 11.13 Electrophilic addition mechanism of ethene and Br,




2. Hydrohalogenation

When an alkene reacts with dry gaseous hydrogen halide at room temperature, the product
is a halogenoalkane.

CH,=CH,+ HBr —> CH;-CH,Br
Ethene Bromoethane

Hydrogen halides are among the simplest examples of polar substances having permanent
dipoles that add to alkenes as in Figure 11.14. All hydrogen halides (HBr,HCI,HI,HF)
give this reaction and add across C=C exactly the same way. But, the rate of reaction
increases from HF to HI. The actual product formed depends upon whether the alkene is
symmetrical or unsymmetrical.

—
S—

—Br
Electrophile Pulls the elect& ore
strongly towards.itself
Has lower electronegativity than
Br so is electro&e ient

Figure 11.14 HBrimolecule polarity
i) Addition to symmetrical alkenes

When the alkene (e.g. ethene) is symmetrical only-one product is theoretically possible.
Let us look at the mechanism of addition of HBr to ethene.

Mechanism

i.  Nucleophilic pi-bond attacks the. hydrogen in hydrogen halide. Hydrogen bromide
gives a bromide ion (Bt-): Etheneis converted to carbocation by adding hydrogen to
one of the double bonded carbons.

ii. The bromide ion.(nucleophile) attacks the carbocation to give the addition product as
in Figure 11.15.

H ﬁ_\ H H H H

N\ _ / S+ &— | | | |
c=—¢C H—Br —> H—C—C—H—>H—C—C—H

S ~ | ]

H H H o H Br

:Br 1-Bromoethane
Alkyl halide

Figure 11.15 Electrophilic addition mechanism of HBr to ethene
ii) Addition to unsymmetrical alkenes

When the alkene is unsymmetrical, two products are theoretically possible. For example,
the addition of HBr to propene can give two products. But experimentally, it has been
found that under these conditions, the major product is 2-bromopropane and the minor
product is 1-bromopropane.
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Markovnikov’s Rule is applicable for addition reactions in alkenes. According to this
rule, “When a polar reagent adds to an unsymmetrical alkene, the negative part of the
reagent attach to the double bonded carbon which bears the lesser number of hydrogen.”

Mechanism

Propene reacts with HBr in two ways. The mechanism of this reaction involves the
following steps.

i.  The pi electrons of C=C attacks on partial positive end of H-Br. Hydrogen bromide
breaks heterolytically creating bromide ion (electrophile) and hydrogen is added to
double bonded carbon with more number of hydrogen, creating a 2° carbocation.

ii. The bromide ion attacks the secondary carbocation to give the major product. The
minor product is formed by the attack on primary carbocation as in Figure 11.16.

85+ &—
H—=Br
e H H H H H H
}ll T /H Room Temp | |® |
—C—(C—( ———— > H—C C_T H H_T_T_T_H
H H H o H H Br H
Propene ‘Br 2-Bromopropane
Secondary Carbocation (Major Product)
Room Temp.
H<H H H H H
L1 e
H—C—CII—(C—H _— H—(lj—T—T—H
HOWH \g° H H Br
1-Bromopropane
Primary Carbocation (Minor Product)

Figure 11.16 Electrophilic addition mechanism of HBr to propene

Qulck Cheqld\‘,

Compare and explain the relative rates of addition to alkenes (reactivities) of HCI, HBr and HI.
b) Explain the difference between an addition reaction and an elimination reaction.
¢) How alkene react with an electrophile?
d) Explain how Markovnikove’s rule is applied in addition of HBr to 2-pentene.

3. Hydrogenation

Hydrogenation means addition of molecular hydrogen to an alkene in the presence of a
catalyst (Ni/ Pt) to form a saturated compound at 250-300 °C.

Ni

H,C=CH, + H, » H,C-CH,
250-300 °C

On industrial scale, this reaction is used to convert vegetable oil into margarine (Banaspati
ghee).




Oil +H, N, Margarine (Banaspati ghee)

4. Hydration

Gaseous alkenes react with steam at high temperature and pressure in the presence of
concentrated acid (H2SOa4) as the catalyst to form alcohols.

H,C=CH, + H,0 — 1259 __ ¢ H.OH

Similar to hydrohalogenation, the alkene forms a carbocation intermediate, which is then
attacked by OH".

5. Halohydration

Halohydration is a reaction where an alkene reacts with a halogen_(such as bromine or
chlorine) in the presence of water to form a halohydrin. For ethene.(C:H4), the reaction
specifically produces a bromohydrin or chlorohydrin, depending.on'the halogen used.

/Br

H,C=CH,+Br,+H,0 ————» CH,~CH  + HBr
\OH
1-Bromoethanol

6. Epoxidation

The epoxidation of alkenes gives an oxygen-containing\three-membered cyclic ether called
epoxide. In the case of ethene (C:Ha), this reaction'can be accomplished using various
oxidizing agents. Ethene can also be converted to ethylene oxide using molecular oxygen
and metal catalysts. A transition metal catalyst-facilitates the reaction, forming an epoxide
directly from the alkene. The epoxides can be converted in to diols by acid hydrolysis.

H H H - OH
\ / Ag Ne—c” HY/H,0 |
c=—Cc * O, / \ ———> HC—CH,
/N AV |
H H 0 OH
Epoxide Ethane-1,2-diol

7. Ozonolysis

Ozonolysis.iis a method of oxidative cleavage of alkenes using ozone (O,), a reactive
allotrope of oxygen. This reaction is often used to identify the structure of unknown
alkenes by breaking them down into smaller, more easily identifiable pieces. Alkenes react
with ozone (Os) to form ozonides, which can be further reduced to carbonyl compounds
(aldehydes or ketones), and ultimately to alcohols.

c,H,+ 0, ———» C,H,0, ———> 2CH,0




HYDROCARBONS

O O
O0—O0
H,C—CH=—=CH é / \ o, /”\ + |
’ ’ HC CH, e - "
3

HeT Ny

1-Propene Ethanal Methanal

l reduction l

H,C—CH,—OH CH,— OH
Ethanol Methanol

a) Write the equation for the ozonolysis of ethene.
b) Give the epoxidation reaction of 2-Butene.

¢) How ozonolysis can indicate the position of a double bond in an alkene? Explain it with the
help of an example.

8. Polymerization

Polymerization is the formation of extremely longrmolecules (polymers) from small
reactive molecules that join together (monomers). Addition polymerization is one of the
most important addition reactions of alkenes which form the basis of the plastics industry.
Addition polymerization is the reaction in‘which many monomers containing at least one
C=C double bond form long chains of polymers as'the-only product.

Just like in other addition reactions of alkenes, the n-bond in each C=C bond breaks and
then the monomers link together to form new. C-C single bonds. A polymer is a long-chain
molecule that is made up of many repeating units.

H H Iv H B : :
N\ / Polymetization [ | Interesting Information!
C=—C > c—cC Alkenes, like ethene and propene,
\ \‘ | | are used to create plastics through
H H H H polymerization. Ethene, for
n instance, is polymerized to make
Ethene Poly (ethene) polyethylene, one of the world’s
Monomer Polymer most common plastics used in bags,

bottles, and packaging.
H

cl H C

0 \C:C/ Polymerization> ’V (|3—C|I
/0 L] 1| —— -

H H

H H
n

This ball pen is
Chloroethene Poly(chloroethene) (PVC) made of PVC
Monomer Polymer




Deducing repeating units

* A repeating unit is the smallest group of atoms that when connected one after the other
make up the polymer chain. It is represented by square brackets in the displayed and
general formula.

* In poly(alkenes) (such as poly(ethene)) and substituted poly(alkenes) (such as PVC)

made of one type of monomer, the repeating unit is the same as the monomer except
that the C=C double bond is changed to a C-C single bond.

" \C=C/ > Cl‘—Cl > C—C ¢ —C—
¢\ L] S
HOOH Ho HH
Ethene Poly (ethene) Repeating unit
Monomer Polymer
Quick Check 11.9 ‘\\'

a) Ethene is a monomer used in the polymerization process to create polyethylene.
(1) Discuss how the chemical structure of ethene makes it suitable for polymerization.
(i1) Discuss the change in hybridization and'bond ‘angle during this reaction.

b) Explain why an addition reaction increases. the-saturation.of a molecule.

11.9 CONJUGATED DIENES

As the name indicates, a diene is~a molecule containing two double bonds (C=C).
In a Conjugated diene, the double bonds in the carbon chain are separated by a single
bond. The adjacent double bonds in conjugated dienes allow for the overlap of p-orbitals
on three or more adjacent atoms. This.overlap leads to a delocalization of electrons, which
can stabilize the molecule and affect its reactivity. In conjugated dienes, n-bond overlap
extends over the entire system.

CH3 NN
CH,=CH-CH=CH, CH,=C-CH=CH, C—C—C—C
But-1,3-diene 2-Methylbut-1,3-diene (Isoprene) N~ e~

Delocalization of pie electrons
of the conjugated bonds
Conjugated alkenes are an important class of compounds in organic chemistry, featuring
unique properties due to the arrangement of their double bonds. Conjugated dienes like
1,3-butadiene are used in the production of synthetic rubber. The conjugated structure
allows for polymerization, leading to long chains that exhibit rubber-like properties.

Quick Check 11.10

a) Draw the structure of simple conjugated dienes such as Penta-1,3-diene.

b) Illustrate the delocalization of electrons in conjugated dienes.
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11.10 ISOMERISM

The concept of isomerism is an important feature of organic compounds. Two or more
compounds having the same molecular formula but different structural formulae and
properties are said to be isomers and the phenomenon is called isomerism. The structural
formula of a compound shows the arrangement of atoms and bonds present in it.

The simplest hydrocarbon to have structural isomers is butane (C,H,,). If we study the
structural formula of butane or other higher hydrocarbons of the alkane family, we will
observe that it is possible to arrange the atoms present in the molecule in more than one
way to satisfy all valencies. This means that it is possible to have two or more different
arrangements for the same molecular formula. For example, chlorobutane molecule can
have two different arrangements as represented by the following structural formulas:

CH,CH,CH,CH,CI and CH,;CHCICH,CH,
1-Chlorobutane 2-Chlorobutane

This fact has been supported by an experimental evidence thatthere are two compounds with
different physical properties but with the same molecular formula of C,H,CI. Isomerism is
not only possible but common if the compound contains more than three carbon atoms. As
the number of carbon atoms in a hydrocarbon increases, the number of possible isomers
increase very rapidly. The five carbon compound, pentane, has three isomers.

11.10.1 Types of Isomerism

A. Structural Isomerism

The structural isomerism is not confined to' hydrocarbons only. In fact, all classes of
organic compounds and their derivatives'show the phenomenon of structural isomerism.
The structural isomerism arises due te the difference in the arrangement of atoms within
the molecule. The structural-isomerism-can be exhibited in five different ways.

i) Chain isomerism

This type of isomerism arises due to the difference in the nature of the carbon chain. For
example, for pentane (C;H,,) and butane (C,H,,), the following arrangements are possible.

CH,— CH,— CH,—CH, CH,—CH—CH,
Butane
CH,
2-Methylpropane CH,
(Isobutane)

CH,—CH,—CH,—CH,—CH, CH,—CH,—CH—CH, CH,—C——CH,

Pentane

CH, CH;
2-Methylbutane 2,2-Dimethylpropane
(Isopentane) (Neopentane)

-




ii) Position Isomerism

This type of isomerism arises due to the difference in the position of the same functional
group on the carbon chain. The arrangement of carbon atoms remains the same. For
example: chloropropane and butene (C,H;) can have two positional isomers.

CH,—CH,—CH,—C(Cl CH,—CH —CH,
Cl
1-Chloropropane 2-Chloropropane
CH,—CH,—CH=—=CH, CH,— CH=—=CH —CH;
But-1-ene But-2-ene

iii) Functional Group Isomerism

The compounds having the same molecular formula but different functional groups are
said to exhibit functional group isomerism. For example, there are two compounds having
the same molecular formula C,H,O , but different arrangement of atoms.

H,C — O—CH, H,C — CH, — OH

Methoxy methane Ethanol
iv) Metamerism

This type of isomerism arises due to the unequal distribution of carbon atoms on either
side of the functional group. Such compounds belong to the same homologous series. For
example, diethyl ether and methoxy propane.
H,C—H,C—O—CH,—CH; H,C—O0—CH,—CH,—CH,
Ethoxy ethane Methoxy propane

For a ketonic compound having the molecular formula C;H,,O, the following two metamers
are possible.

(@] O
H,C H;C C CH, —CH;, H,C—C—CH,—CH,—CH;
3-Pentanonone 2-Pentanone

v) Tautomerism

This type of isomerism arises due to shifting of proton from one atom to another within the
same molecule. This is commonly seen in amino acids. They exist as zwitterions which
are formed when a proton is shifted from the carboxylic acid end of amino acid molecule

to the amine group. ©
COOH 5 COO

Amino acid Zwitterion
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B. Stereoisomerism

Stereoisomers are such compounds which possess the same structural formula, but differ
with respect to the positions of the identical groups in space.

There are two types of stereoisomerism;
i.  Geometrical or cis trans isomerism

ii.  Optical isomerism

11.11 ORGANIC REDOX REACTIONS

Oxidation-Reduction reactions that involve organic compounds are called organic redox
reactions. These reactions are characterized by the addition or removal of atoms/bonds.
Normally, during organic oxidation, oxygen is added or hydrogen is removed. During
organic reduction, hydrogen is added or oxygen is removed. Some.examples of oxidation
and reduction reactions are given below:

11.11.1 Oxidation

Oxidation of organic compounds involving reactioniwith oxygen is usually the combustion
reaction:

2C,H¢ + 70, — 1 4CQO, +6H,0
Reactions of organic compounds with oxidizing agents.e.g.

i) Ozonolysis is a method of oxidative cleavage of-alkenes using ozone (O,).

O (0]
0, /( . ! Zu/H,0 ‘ ‘
H;C—CH=—CH, - —_— +
2
C I H H

HC
H,C~ \0/ I

1-Propene Acetaldehyde  Formaldehyde

.

H;C—CH,—O0H CH;—OH
Ethanol Methanol

i1) The epoxidation of alkene is also example of oxidation reaction. In this reaction various
oxidizing agents can be used like molecular oxygen and metal catalysts.

OH
H H H H
[ C— HY/H,0 |
c—C + 0 / \ —_— H,C—CH,
N/ |
H H 0 OH
Alkene Epoxide Ethane-1,2-diol

iv) Reaction of primary alcohols with acidified K,Cr,O, to make carboxylic acids, detail




will be discussed in class 12 syllabus.
K,Cr,0O,
C,H,OH + 2[O] > CH,;COOH + H,O
H,SO,

11.11.2 Reduction

Addition of hydrogen to carbon-carbon double bond to form alkane is an example of
organic reduction reaction.

H H H H
\C: / + H—H Pt 1 H—C—(C——H

H/ \H LO

H H

Ethene Ethane

Various reducing agents are used in Organic synthesis. e.g; LiAlH,, NaBH,, Sn + conc.HCI.
Reduction of nitriles to amines, amides to amines, carboxylic acid to primary alcohols,
nitrobenzene to phenylamine are all examples of reduction.

o) OH
LiAlH,

I |
H,C-C-H + 2[H] ~ =~ CH,-CH,
Quick Check 11.11 L

a) Draw the displayed formula and.names of isomers of C,Hg that could be an example of
positional isomerism?

b) What type of isomers are ethoxy methane(CH;OC,H;) and propanol (C;H,OH)?
¢) What are the different types of structural isomerism in alkenes?
d) Write down differentisomers of the:compound, C,H,NH,.

EXERCISE

MULTIPLE CHOICE QUESTIONS

Q.1 Four choices are given for each question. Select the correct choice.

I. An alkene undergoes ozonolysis followed by reduction with zinc dust and water
to yield propanone and methanal. The alkene is:

a) 1-Butene b) 2-Butene
c) 2-Methylpropene d) 2-Methyl-2-butene
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II. Which of the following reagents is typically used for the acid-catalyzed hydration
of alkenes to form alcohols?

a) H,/Ni b) O, followed by Zn/H,O
¢) Dilute H,SO, d) Br,in CCl,

II1. Halogenation of alkanes is an example of:
a) Electrophilic substitution b) Nucleophilic substitution
c) Free-radical substitution d) Oxidation

IV. Which of the following reactions can an alkane undergo?
a) Addition b) Substitution
¢) Polymerization d) Nitration
V. What is the first step in the electrophilic addition reaction of alkenes?
a) Formation of a carbocation
b) Attack by a nucleophile
c) Attack by an electrophile on the double bond
d) Formation of a free radical

VI. The addition of unsymmetrical reagent to an -unsymmetrical alkene is in
accordance with the rule/principle?

a) Markovnikov’s rule b) Hund’s rule

c¢) Le Chatelier’s principle d) Aufbau principle
VII. The most stable carbonium ion-among the following is:

a) CH;" b) CH,CH,"

¢) (CH,),CH" d) (CH,),C”
VIII. Markownikov’s rule is applicable to :

a) CH,=CH; b) CH, — CH, — CH,

¢) CH;= CH=CH—CH, d) (CH;),—C=CH,
IX. What intermediate is formed during the electrophilic addition of HBr to an

alkene?

a) Carbocation b) Carbanion

¢) Radical d) Epoxide

X. The enhanced stability of conjugated dienes compared to isolated dienes is
primarily attributed to:

a) Inductive effects of the double bonds.

b) Increased s-character of the hybridised orbitals.

¢) Delocalisation of & electrons across the conjugated system.




d) Steric hindrance between the double bonds.
XI. Which of the following carbocations would be the least stable?

a) (CH,),CH" b) CH,CH,"
¢) CH," d) (CH,),C*
XII. Which of the following is the repeating unit in the polymer poly(ethene)?
a) —CH,CH,;— b) —CH=CH-
¢) —CH,CH,— d) —CH(CH;)CH,—

SHORT ANSWER QUESTIONS

Q.2 Attempt the following short-answer questions:
a. Define the following:

1) Cycloalkanes ii) Isomerism iii) Conjugated dienes, iv) Inductive effect

b. Differentiate between:
1) Aliphatic and Aromatic hydrocarbons
ii) Homolytic and Heterolytic Fission
iii) Electrophile and Nucleophile
c¢.  Explain why alkanes do not undergo addition‘reactions.
d. How elimination reaction is considered the opposite of an addition reaction?
e.  Compare the carbocation stability in propene and 2-Butene.
f.  Given the molecular. formula CsHip, list all possible structural isomers that are

alkenes.

g.  Whenpropene (CsHs)undergoes electrophilic addition with HBr, it forms 2-bromopropane
as the major product. Explain why 2-bromopropane is favored over 1-bromopropane,
using the concept of carbocation stability.

h.  Explain why conjugated alkenes may show different reactivity compared to isolated
alkenes.

i. Explain how inductive effects from alkyl groups stabilize carbocations in alkenes.
j- Write the equation for each reaction.

i. CH,CH,CH=CH, with H, (Ni catalyst)

ii. CH;CH=CH, with Cl,

iii. CH,CH,CH=CHCH,CH, with H,O (H,SO, catalyst)

k. Write structural formulas for each of the following compounds:

i) Isobutylene ii) 2,3,4,4-Tetramethyl-2-pentene
ii1) 2 ,5-Heptadiene iv) 4,5-Dimethyl-2-hexene
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v) Vinylacetylene vi) 1,3-Pentadiene
vii) 1-Butyne viii) 3-n-Propyl-1, 4-pentadiene
ix) Vinyl bromide x) But-1 -en.3 -yne
xi) 4-Methyl-2-pentyne xii) Isopentane
I.  Write down names of the following compounds according to [IUPAC system:
i) H;C—CH=CH(CH,),CH, ii) (CH;) C=CH,
iii) CH;—CH,—CH,—C=CH, iv) CH,=CH—CH=CH,
CH (CH,),
v) CH,=C—CH,CH,CH; vi) (CH,CH,),;CH
I
C,H;
vii) CH,CH,C(CH,),CH(CH,CH,)CH, Viii)... CH,=CH—C=C—CH=CH,
ix) (CH;) C—CH,—C(CH,), x) {CH,=CH—C=CH

xi) CH,C(CH,),(CH,)CH,

a) H,C—CH,—CH—CH,—CH,CH,
H,C—CH,
b) (CH,),CH—CH—CH (CH,),
CH; /CH3
¢) H3C—CHCHZ> CH
CH,

DESCRIPTAVE QUESTIONS

Q.3
Q.4

Q.5

Q.6

Describe the free radical halogenation of methane using Cl, as an example.
Describe the following methods for the preparation of alkenes:

i) Dehydrohalogenation of alkyl halides

i1) Dehydration of alcohols

Describe the mechanism of electrophilic addition of hydrogen halides to alkenes.
Discuss Markovnikov’s rule in the context of hydrogen halide addition.

Explain the following reactions of alkenes with examples:

a) Halogenation b) Ozonolysis

c¢) Epoxidation d) Polymerization
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After studying this chapter, students will be able to:

Explain the lack of reactivity of nitrogen due to its triple bond strength and lack of polarity.
(Understanding)

Describe the basicity of ammonia using the Bronsted-Lowery theory. (Understanding)

Identify the structure of the ammonium ion and explain how.it is formed by an acid-base
reaction. (Understanding)

Describe how ammonia can be displaced from ammonium salts through an acid-base
reaction. (Understanding)

Describe natural and man-made occurrences” of oxides of nitrogen and their catalytic
removal from exhaust gases of internal combustion gases. (Understanding)

Explain the role of NO and NO, in the formation of photochemical smog, specifically
in the reaction with unburned hydrocarbons .to (form peroxyacetyl nitrate (PAN).
(Understanding)

Differentiate between nitrification ‘and de-nitrification. (Knowledge)

Explain the lack of reactivity of sulfur, with reference to its bonding and stability of its
compounds. (Understanding)

Describe the different oXidation states of sulfur and their relative stability. (Understanding)

Describe the properties and uses of sulfuric acid, including its production and industrial
applications. (Understanding)

Describe theechemical reactions and processes involving sulfur, such as combustion and
oxidations(Understanding)

Explain.the uses of sulfur compounds in industry and everyday life, such as in fertilizers,
gunpowder, and rubber, and in synthetic organic chemistry, including the synthesis of
dyes, drugs, and fragrances. (Understanding)

NITROGEN

Nitrogen belongs to group 15 of the periodic table. In industrial processes, nitrogen is
typically obtained by cooling air until it becomes a liquid. Liquid nitrogen is commonly
used for rapid cooling purposes. In laboratory settings, nitrogen can be generated by slowly
heating a solution of ammonium nitrite.

NH4 NO2(aq) _— N2(g)+ 2H20(1)
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Table 12.1 Physical properties of nitrogen

Atomic number 7 Ionic radius (3-) 171 pm
Relative atomic mass 14.007 u 15t Tonization energy 1402 kJ/mol
Physical appearance Colourless Gas || Electronegativity 3.0
Electronic configuration | [He] 2s?2p? || Electron affinity -7.0 kJ/mol
Melting point -210 °C Density 1.25 kg/m?
Boiling point -195.8 °C Principal oxidation 3+ and 5+
Covalent radius 74 pm states

12.1 REACTIVITY OF NITROGEN (N))

Nitrogen is a significant component of the air,

known for its low reactivity due to its small size,

symmetrical electronic cloud, and nonpolar

triple bond. With an electronic configuration @ @ N
of 1s? 2s? 2p?, nitrogen requires three electrons

to complete its octet, forming a triple bond by
sharing three electrons with another nitrogen
atom as shown in Figure 12.1. This bond. has
a bond enthalpy of +944 kJmol™!. High-€nergy is required to break this bond to form new
bonds, making N, very unreactive. The second reason for its lack of reactivity is the non-
polarity of its bond. Both the atoms-arethe same having zero electronegativity difference.
This causes equal sharing of the three bonded electrons between the two atoms making the
bond nonpolar.

I
z

Figure 12.1 Bonding in N, molecule

@%@ Interesting ¥nformation!

The high concentration of nitrogen in the air serves to dilute oxygen, preventing every spark in our
atmosphere from'igniting a massive fire. In the case of large shipments of hydrocarbons or edible oils, it
is crucial to'utilize blankets of Nitrogen or any other inert gas on ships to safeguard them from oxygen
and moisture: It is also used in laboratory to carry out the reactions which require inert atmosphere.

12.2 AMMONIA (NH,)

Ammonia (NH,) is an important industrial compound of nitrogen, which is mainly used as
a fertilizer. It is prepared industrially by Haber-Bosch process.

N2(g)+ 3H2(g) ~ 2NH3(g)

12.2.1 Basicity of Ammonia

Ammonia behaves as a Lowry-Brensted base by accepting a proton (H) from an acid to
form ammonium:




1+ 1+
NH3 @) +H (@q) : NH4 @aq)
It dissolves in water to form ammonium hydroxide (NH,OH) and equilibrium is established

between ammonia molecules and ammonium ions in the solution.
— 1+ 1- _ 5
NH +H20(0 <~——— NH + OH o) K,=1.8x10

3(aq) 4(aq)
Ammonia solution is a weak base due to the low basicity constant (K, ) and the equilibrium
position being towards the far left side. -

12.2.2 Structure of Ammonium (NH!*) o .,

Ammonia molecule has pyramidal shape due to lone H\\\\‘IN N H‘\“]N\
pair of nitrogen. But when nitrogen atom in ammonia H
utilizes its lone pair of electrons to form ammonium, H H

this ion adopts a tetrahedral shape in which all the  Figure 122 Pyramidal and tetrahedral
bonds are of equal length and strength, as depicted in  shapes ofammonia and ammonium ion
Figure 12.2.

12.2.3 Synthesis of Ammonia from Ammoniumssalts

In the laboratory, ammonia gas can be synthesized by heating an ammonium salt such as
ammonium chloride (NH,Cl) with a base like caleium hydroxide (Ca(OH),) as shown in
Figure 12.3.

2NH,CI + Ca(OH),, —>=== CaCL}* 2H,0,, +2NH, |

2(aq)

In this acid-base reaction, NH4+ acts _
as an acid by donating H' ions, while —_—
OH acts as a base by accepting H*ions. .
This reaction displaces ammonia gas
from the ammonium salt and produces
salt and water. It is commonly used to
identify ammoniume-in salt analysis. If a
gas with a pungent.smell is released and
turns moistend red litmus paper blue, it
indicates_the.presence of ammonium in
the compound.

l'l

NH,CI + Ca(OH), N
b iy

Figure 12.3 Synthesis of ammonia gas

Quick Check 12.1

a) Why N, gas is used in food packaging?
b) Both CO and N, have triple bonds in their molecules. Why do you think CO is more reactive than N,?

¢) Ammonium salts such as (NH,),SO, or (NH,),NO, are commonly used as fertilizers. Why a farmer
wouldn’t treat a field with an ammonium fertilizer at the same time as using lime? What would be the
chemical reactions?




12.3 OXIDES OF NITROGEN

Oxides of nitrogen are NO, N,O, NO,, N,O, and N, O, in which oxidation states range from
I'to V. N,O, and N O, decay quickly to other oxides. NO and NO, are collectively called as
NO,. The structures, properties and uses of these oxides are given in Table 12.2.

Table 12.2 Properties of some common oxides of nitrogen

N0, 1NN O
— 2V

Brown Heat  Colouriess

or solid

Name and {0aue]
. Structure oxidation | Properties Uses
formula of oxide
state
Colourless gas Rejal
Nitrous oxide/ £3s, anacsthetic,
Nitrogen oxide . SIS, propellant for
. N=N—0O: neutral, sweet . .
(Laughing gas) - 1+ . ‘ whipped ice
smelling, helps in .
N,O Combistion cream, synthesis
of NaN,
Colourless
gas, slightly Biochemical
5 water-soluble, messenger
Wilie e, N=0 o neutral, NO is (Lowers blood
Nitrogen dioxide | parag@etic | pressure and
N N while,N)O, 1s role 1n other
NO, N,O, / \_-o._ diamagnetic, body functions),
oxidising as well | synthesis of
as reducing in nitrosyl carbonyls
nature
Nitrogen . N\« 4+ NO, is areddish- | Rocket
.. . 07 N0
dioxide/Nitrogen o s brown gas, propellant, HNO,
peroxide, paramagnetic, and | formation by
Nitrogen 0r ‘O reacts with water | Ostwald process,
tetraoxide \N— N// to form HNO, and | explosives
NO,, N.O 4 \ HNO,, N,O, is
A ‘0; -0 colourless liquid

éi@} Did you know?

The recommended name for ammonia by IUPAC is Azane and for ammonium is Azanium. These

names have been derived from Azote, a Greek name for nitrogen, meaning “no life”. These names are

used in naming derivatives of ammonia and ammonium e.g. sodium azide (NaN,).




12.4 SOURCES OF OXIDES OF NITROGEN

Here are the main categories of NO_sources.

12.4.1 Natural Sources

Natural sources include lightning, volcanic eruption forest fires, and denitrifying bacteria
in soil. NO is produced when N, and O, in the air react during lightning. N,O is produced
by microorganism using air N.,.

12.4.2 Anthropogenic (Man-made) Sources

The main anthropogenic sources of NO,_are the combustion of fossil fuels in vehicles and
power plants. Other sources include chemical plants, biomass burning,welding, etc.

12.5 ROLE OF NO & NO, IN SMOG & PAN FORMATION

NO, is responsible for numerous harmful effects on living organisms.

12.5.1 Photochemical Smog

Photochemical smog (Los Angeles smog) forms..inthe atmosphere from NO_ and
volatile organic compounds (VOCs) in the sunlight. It is oxidising in nature. It contains
photochemical oxidants, suchasNO,, 0zone, andperoxyacyl nitrates (PANs). Photochemical
smog is becoming more common than classical’'smog (London smog) due to increasing
NO, emissions. The formation of photochemical smog-involves the following chemical
reactions:

N,, + 0,, —> 2NO_,

2(g) 2(2)

2NO, .+ O, —> 2NO
(€3] 2(g)

%@ Did you know?

2(g) Lahore smog consists of volatile organic
compounds (VOCs), NOx, ground level ozone

hv
NO, —> NO, +0
(&) (8 (0,), particulate matter PM2.5, CO and SO,.

2(2)

O( +0, —> O
2) 2(g)

3(g)

RCH=RCH + 0O, ——>RCO", + RCH’, ———RC(O)OONO,

12.5.2 Formation of Peroxyacyl Nitrates (PANSs) ')

NOx take part in a series of reactions leading to Il

the formation of ozone (O,), aldehydes, peroxyacyl /C\O/O\f\']&o
nitrates (PANs) and peroxybenzoyl nitrate (PBN). |

PAN is one of the members of peroxyacyl nitrates as O—
shown in Figure 12.4. Figure 12.4 General structure of PANs

The R group in peroxyacetyl nitrate is CH,, but other hydrocarbon chains may also be
present.




NITROGEN AND SULFUR

The formation of PAN is illustrated in Figure 12.5. The main component of oxidizing smog
is ozone, which oxidizes hydrocarbon to produce aldehyde. The aldehyde then reacts with
hydroxyl radical to produce acyl radical. The acyl radical reacts with oxygen to produce
peroxyacyl radical, which finally reacts with nitrogen peroxide to form peroxyacyl nitrate.

Reactive Hydrocarbon

Figure 12.5 Mechanism of PAN formation

a) Draw thes res of the following oxides of nitrogen. Also, explain briefly their bonding.
i) ii) NO iii) NO,
b) What does PAN stand for? Give its general formula.

¢) Write down the formulas of the compounds responsible for the formation of PAN.

d) If magnesium ribbon is ignited and placed in a jar containing N,O, it continues to burn brightly, how
does the product formed in this reaction confirm the structure of N,O?

12.6 CATALYTIC CONVERTER

A catalytic converter is a ceramic or metallic material with a honeycomb-like structure, as
shown in Figure 12.6. Its inner channels have a layer of alumina to provide a high surface
area. Noble expensive metals such as Pt (Platinum), Pd (Palladium), and Rh (Rhodium) are




dispersed on the alumina.

These metals catalyze three redox reactions H,0, CO,, N,

washcoat with
to remove the half harmful exhaust gases. ~ T, catalyst inside the

monolith channel
The three-way converter converts harmful

CO, NO, and hydrocarbons into CO,, N,,
and water. These precious metals can also be
recycled.

HC, CO, No,
Reduction .
Figure 12.6 Three-way catalytic converter
Pt/ Rh
2NO,, +2C0, —FE5 N, + 2C0
) [€3) 2(g) 2(g)
Oxidation
Pt/Pd
2CO( + 0 —> 2CO
2 2(g) 2(g)
Pt/ Pd

2C,H, + 60, ——> 4CO, +@HO

12.7 NITRIFICATION AND DENITRIFICATION

Nitrification and denitrification are the two phases of the nitrogen cycle. Nitrification
involves the conversion of ammonium (NH,'") to nittite (NO,'") and nitrate (NO,!),
while denitrification involves the conversion of nitrate (NO31‘) to Nitrogen (N,). Some
differences between nitrification and denitrification-are given in Table 12.2.

Table 12.3 Differences betweén nitrification and denitrification

Nitriﬁcation‘}(\ ‘l\‘ Denitrification
Ammonia NH,/ NH,'" is converted Nitrite (NO,') and nitrate (NO,!") are
into nitrite (NO 1-) and nitrate (NO 1-) converted back to N2 that is released into
2 3 °

the atmosphere.

Nitrifying bacteria, aerobic conditions, pH | Denitrifying bacteria, anaerobic
6.5 — 8.0, optimum temperature 20 °C—30 | conditions, pH 7.0-9.0, optimum
°C. temperature 26 °C — 38 °C.

Plants absorb these nitrites and nitrates for | It is important in wastewater treatment
their nutrition as they cannot assimilate | and useful for aquatic life supported

nitrogen directly from the atmosphere. with Anammox that oxidizes NH, " with
NO," to form N, gas.
Oxidation of nitrogen Reduction of nitrogen
NH; — NO; — NO; NO,” »NO,” - NO —-N,O0— N,
2NH41(:q) +30,,, 2N021;q) +4H(:q) +2H,0,, 2NO31( 107 + 12H(:q)—>N2(g) + 6H,0,

2NO -+ 0O - — 2NO -

2(aq) 2(a 3(aq)
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Quick Check 12.3

a) Wxﬂte down the reduction and oxidation reactions that occur in the catalytic converter in the vehicle
exhausts.

b) What is the basic principle of catalytic converter? Describe the role of catalyst in the catalytic converter.
¢) Do hybrid and electric cars have catalytic converters? Explain why or why not.

12.8 SULFUR

Sulfur is a member of group 16 which is also called the Chalcogen family. Some physical
properties of sulfur are listed in Table 12.4.
Table 12.4 Physical properties of Sulfur

!
Atomic number 16 Ionic radius ® 184 pm
Relative atomic 32.06 a.m.u. 18 IonizaQ®+ 1000 kJ/mol
mass energy_
Physical Solid Yellow E c?Xe;atiVity 2.5
appearance
Electronic [Ne] 3s2 3p* ectl?#‘mity -200 kJ/mol
configuration Ch
Melting point 113 °C(honey- &nsity 2.07 g/cm?
yellow)

Boiling point 14445 °C (dark Common oxidation | +4 and +6

(C: brown) states

. @‘ Common Bonding | Covalent

CovalentAriqu 104 pm bond

12.8.1 Reactivity of Sulfur

Sulfur usually forms single bonds with other S\
sulfur atoms instead of double bonds due to
poor overlapping of the orbitals. As a result, it

forms larger molecules and structures through S
a process called catenation. S, is a crown-like / \
molecule, as shown in Figure 12.7. S S

Figure 12.7 Cyclo-octasulfur, (S,) crown molecule

12.8.2 Oxidation States of Sulfur

Sulfur exhibits oxidation states of —2, 0, +2, +4, and +6. The electronic configuration of
sulfur is depicted in Figure 12.8, where the oxidation state is determined by the number of
unpaired electrons. Under standard conditions, sulfur and oxygen react to produce sulfur




dioxide (SO,) in which sulfur has an oxidation state of +4. However, to form sulfur trioxide
(SO,) with an oxidation state of +6, high energy is required.

a) Oxygen atom in 2s 2p There are no d-orbitals in
ground state (252 2p*) EIREERER 2" shell therefore
excitation is not possible.
b) Sulfur atom in ground 3 3p 3d
state (35 3p*) | 11 | | 11 | 1 | 1 | | | | | I | 2+ oxidation state due to
two unpaired electrons
¢) Sulfur atom in 1st | 10 | | 1 | 1 | 1 | | 1 | | | | | 4+ oxidation state due to
excited state (3s% 3p* four unpaired electrons
3d")
d) Sulphur atom in | 1 | | 1 | 1 | 1 | | 1 | 1 | | | | 6+ oxidation state due to
second excited state six unpaired electrons
(3s'3p°3d%)

Figure 12.8 Electronic configurations of sulfur for attdining different oxidation states

12.9 STABILITY OF OXIDATION STATES OF SULFUR

Sulfur displays a range of oxidation states, principally from.—2 to +6. The stability of these
states is influenced by the factors like pH, temperature, -nature of the compound and the
chemical environment.

pH

In general, under acidic conditions, reduced forms (like H,S, -2 oxidation state) are more
stable, while under basic or. neutral conditions, oxidized forms (like SO 42', +6 oxidation
state) become more stable(in;water.

Thermodynamics and.Kinetics

Although sulfur.(+6), as in SO,, is thermodynamically the most stable, kinetic limitations
can prevent it/from forming readily at standard temperatures, making sulfur (+4), as in
SO,, the more frequent form.

Nature of the compound

The stability of sulfur’s oxidation state can be affected by the elements it is bonded to, and
the overall chemical environment. In acidic environment SO 42' is kinetically stable due to
strong O-S bonds.

Catalyst

A catalyst can also enhance the rate of formation of a specific oxidation state, for example
vanadium in the contact process increases the rate of formation of SO,
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Quick Check 12.4
a) Determine the oxidation state of S in the following species:
i. SO, ii. H,SO, iii. SO, > iv. 5,0,

b) Which oxidation states of sulfur are the most common? Explain your answer with reason.
¢) Explain the involvement of d orbital in variable oxidation states of S in its compounds.

12.10 REACTIONS OF SULFUR

Sulfur can combine with many elements to form a wide variety of inorganic and organic
compounds. It is unreactive to water under normal conditions, dilute nonoxidising acids,
and noble gases. Its ability to catenate allows it to form ring structures and linear chains.

Here are some important reactions of sulfur:

i.  Sulfur burns in the air to form SO, with a blue colour flame.-The other main sulfur
oxide is SO, which requires higher temperature and a catalyst for its formation.

S() +02( ——> SO
s 2
A

2SO, . +0O T 2S0

2(g) 2(g) 3(g)

Sulfur can be oxidised by nitric acid to produge NO, and H,SO,.
S, T 6HNO —> HSO,,+6NO, +2HO

40 2(g) 270

ii. When sulfur reacts with elements.that have dower electronegativity, it acts as an
oxidizing agent and forms their sulfides. It tarnishes Ag, Cu, and Zn by forming a
coating of metal sulfide.

2(2)

3()

28¢g, * S > Ag,S
Hg, 8, > HeS
2Cu(s) + S(S) —> Cu.S

27(s)
iii. Sulfur converts cyanide into thiocyanate which is also known as pseudohalide.

A

KCN +S —_— KSCN,,

iv. Sulfur reacts directly with F, to form SF, and SF,. Sulfur hexafluoride (SF,) is a gas
and is very unreactive. It is used as an insulator gas in electric devices. Sulfur readily
reacts with CL, to form S Cl, (yellow liquid) which further reacts with Cl, to form SCI,
(red liquid).

S,, +3F,, ——>SF
28+ ClL,, ——> S,CI

6(g)

2(0)

S+ SCl,, —> SCl,,




12.11 USES OF SULFUR AND ITS COMPOUNDS
12.11.1 Vulcanisation

Sulfur is used as a cross linker for the rubber molecular chains
through di-sulfide (S—S) bridges. This is called vulcanization of
rubber. It improves the strength of rubber as shown in Figure
12.9.

12.11.2 Fertilizer

Sulfur is an essential nutrient for plant growth. When soils
become depleted in sulfate, sulfur can be restored in soil by
ammonium sulfate, elemental sulfur and sulfur-coated fertilizers
such as sulfur-coated urea. Soil components and microbes
convert elemental sulfur into soluble forms for the use of plants.
Gypsum (CaSO, 5H,0) is also used as a fertilizer. Figure 12.9 S-S cross-linkages

between polymer chains
12.11.3 Gun powder

Gun powder is a coarse blend of 75% potassium ‘nitrate (KNO,), 15% wood charcoal,
and 10% sulfur. Charcoal carbon is the main fuel, nitrate is the oxidiser and sulfur is the
additional fuel that burns the powder faster. The following reaction in burning takes place:

10KNO, | +3S  +8C,, ——=)2K,CO,

. A -
Quick Check 12.5 ROAN
a) What is the function of SO, and sulfite (SO32‘) salt'in preserving the food?
b) Give the reaction of S with HClxand NaOH.

43K,S0,, +6CO,, + 5N,

12.12ROLE OFSULFUR IN ORGANIC SYNTHESIS

Carbon-Sulfur bonds are prevalent in a wide range of compounds with biological,
pharmaceutical;;and material properties. These bonds form a large number of organic
compounds-.containing a variety of functional groups such as thiols or mercaptans,
thioethers, sulfoxides, sulfones, etc.

12.12.1 Drugs

Sulfadrugs are the antibacterial sulfonamides, such as penicillins and cephalosporins contain
sulfur. The common drug B-lactam such as omeprazole used in GERD (Gastroesophageal
reflux disease) contains sulfoxide group.

12.12.2 Dyes

Sulfur dyes are synthesized by the process of thionation or sulfurization of organic
compounds that contain nitro or amino groups. These compounds contain sulfur linkages.
They generally give black, brown, khaki, blue, and green colours.
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Some examples are sulfur black 1, sulfur blue and sulfur brilliant green.

12.12.3 Odorants/Fragrances

Mercaptans are used to give odour to natural gas. Some thiols have pleasant odours on high
dilution. For example, thioterpineol is the key ingredient in the aroma of grapefruit. cis-
galbanum oxathiane is a fragrant compound. It is used in fine fragrances, soaps, shampoos
and shower gels. Many naturally occurring odorants are produced synthetically and also
applied as flavouring agents.

12.13 SULFURIC ACID (H,SO,)

The major portion of sulfur, around 85 % is used for the production of sulfuric acid (H,SO,). It
has tetrahedral structure with two S—O and two S=O bonds as shown in‘Figure 12.10.

lmp\§\ //
} meO \O

| 157.4 pm

Figure 12.10 Structure of H,SQ,

12.13.1 Contact Process

Sulfuric acid is produced by the contact process. A flow sheet diagram of the contact
process is shown in Figure 12.11.

Water . Cone. H;S0,

Impure
a0,
Sulphur |
Alr
—
Sulphur
burner
Drust
precipitator

Figure 12.11 Contact process for the industrial production of sulfuric acid

Contact process can be divided into the following stages.




Sulfur / pyrite burners

The process starts with the combustion of molten sulfur or by heating pyrites such as iron
pyrite (FeS) in excess of air to produce sulfur dioxide SO,.

S( , T Oz( —> SO AH =-297.03 kJ/mol
s 2) 2(g)

4FeS  + 60, —> 2Fe 0, +4SO

273(s) 2g)
Purification unit

If pyrite ore is used as a sulfur source, the SO, gas formed may contain contaminants like
dust particles, vapours, and arsenic oxide. These contaminants affect the efficiency of the
catalyst. Hence, the gas needs to pass through the purification unit. In‘an arsenic purifier,
gelatinous ferric hydroxide Fe (OH), present in horizontal shelves, absorbs arsenic oxide
As,O,.

As,O,,, +2Fe(OH),, —> 2FeAsOy+ 3H,0

273 30) 30)
Contact tower and heat exchangers

Purified SO, and air, preheated at 420 °C— 450 _°C, ‘are fed to the first converter stage of
the contact tower at 1-2 atm pressure. Here, these'gases come in contact with vanadium
pentoxide (V,0,) catalyst.

1 .\ ¢

=7 = -
SO2(g) + N O2(g) SO3(g) AH= -98.98 kJmol

VO, as catalyst works in following two steps:
Oxidation of SO, into SO, by V3%
SO,,(+V, 0, (—> SO, +V.,0

2(g) 277509 3e) 274G
Oxidation of V#" back int6"V°" by oxygen (catalyst regeneration):

1

ViOup o O > V,04

Quick Chegm

a) Why is high temperature and catalyst needed to form SO,?
b) Write down dehydration reactions of conc. H,SO, with starch and oxalic acid.

¢) How does the catalyst V,O, function in the conversion of SO, to SO,?

Absorption tower
Sulfur trioxide is cooled and can be converted to sulfuric acid by reacting with water.
HO, +SO, —> HSO AH =-176.6 kJ/mol

27D 3(g) 4

Mixing SO, with water is not feasible because the reaction is extremely exothermic and
acidic vapour or mist is produced rather than a liquid solution. Mainly, sulfur trioxide is
dissolved in recirculating hot 98.5% sulfuric acid to form oleum (fuming sulfuric acid).
The term fuming sulfuric acid or oleum is used for the mixture of sulfur trioxide with 100
percent sulfuric acid to form oleum.




Oleum undergoes a reaction with water to make a highly concentrated solution of H,SO,
whose concentration can be adjusted.

H,S0,, + SO,, —> H,8,0

4(0) 22270

H,S,0,,+H,0, —> 2H,S0

2°27(0) 27 (0)
12.13.2 Physical Properties

Sulfuric acid is soluble in water and hygroscopic in nature. It readily absorbs water vapour
from the air. Anhydrous H,SO, is a very polar liquid. It is highly corrosive to various
materials. On contacting the skin, it causes chemical burns. Some physical properties of
sulfuric acid are given in Table 12.5.

4(0)

Table 12.5 Physical properties of Sulfuric acid

Molar mass 9808 _g/mol
Physical appearance Colourless viscous liquid
Odour Odourless
Melting point 10 °C
Boiling point 290 °C
Specific gravity (15 °C) 1.83 g/cm?
Viscosity 25.24 centipoise
Vapour pressure (25 °C) 0.001 torr
Sulfuric acid is a highly corrosive

substance. It can badly burn cloths; plastic,

rubber and injured the human skin, eyes, =

etc,. Handle it very carefully. _1__"

12.13.3 Chemical Pfoperties

i. It self-ionizes or undergoes autoprotolysis as follows:

H,SQ,, +H,SO S H3SO£+(aq) + HSO41(;q) K= 27x10%
The equilibrium constant value is greater than that of water which makes it to be used as a
non aqueous protic solvent.

4(L) 40

Sulfuric acid is a strong acid as shown by its pK | value:

e — + 1- =
HSO,. ., ~—— HO"  +HSO, ~ (pK, =-2)

But hydrogensulfate (HSO, ') is a far weaker acid due to a positive pK_, value:

S=—— HO0'_ +S02 (pK, =1.92)

(aq) 4(aq)

HSO,~ +H.0

4(aq) 270

ii. Concentrated sulfuric acid is a powerful dehydrating agent that removes water from many
substances such as sucrose, starch, wood, and paper to produce carbon, steam, and heat.

-




%@ Interesting Information!

A common laboratory demonstration is the dehydration of table sugar, where a black porous carbon
mass called carbon snake protrudes out of the apparatus.

C,H,0, +H SO %uc ,+ 11H,0,, +H,SO

127722 11(s) 4(1) 4(aq)

It also dehydrates ethyl alcohol to ethene or ethoxyethane depending upon the reaction
conditions.

CHOH +HSO —> CH, +HO, +HSO

4 2 4 @) 4(aq)
iii. Hydrochloric acid (HCl) gas, is formed when sulfuric acid reacts with 'sodium chloride.

NaCl +H,S0,, —> NaHSO,  +HCI

iv. Reactions of sulfuric acid with metals depend upon the metal; concentration of'the acid,
and temperature. Metals that are above hydrogen in electrochemical series such as Fe,
Al, Zn, Mn, Ni, and Mg react directly with dilute sulfuricacid to produce hydrogen gas
and metal sulfates. But with cold conc. H,SO,, they-liberate SO, and metal sulfates.

Zn, +dil. H,SO,, % H, . -+ Zn2+ +S0*

2(g) 4 (aq)

Zn + H SOW)% SO, 4+ Zn’ + Soﬁ-( F 2H0,

v. Metals like Cu, Ag, and Hg react with.hot conc.HZSO to form metal sulfates. Sulfuric
acid is not regarded as a typical oxidising-agent.due to the stability of SOf‘ anion. This
anion is weakly oxidising. However.hot concentrated sulfuric acid is a moderately
strong oxidising agent due to high-temperature, high concentration of protons (H),
and formation of nascent oxygen. Hot concentrated sulfuric acid oxidises Cu, as given
below:

2- 2
Cu, +2H,SO,,, —_— SO,,, t2H,0, +SO; Cu(a;“)

Quick Check 12.7 \\O

a) Write down dehydration reactions of conc. H,SO, with starch and oxalic acid.
b) How does ¢onc:'H,SO, react with NaCl? What is the importance of this reaction?
¢) What is'the difference between the oxidizing power of cold and hot sulfuric acid?

12.13.4 Uses and Industrial Applications

Sulfuric acid is considered a king of chemicals and its consumption is an indicator of the
industrial progress of a country.

1. A major portion of the acid is used in making fertilizers, normally three fourth is
used to digest the phosphate rock. Sulfuric acid also reacts with ammonia to make
ammonium sulfate fertilizer.

It is used in the extraction of metals from ores such as Cu, Ni, steel etc.

3. It is utilized as a catalyst in oil and coal refining, polymers, synthetic rubber, and
plastic industries.
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It is used in the pulp and paper industry and involved in the production of pesticides,
insecticides, herbicides, varnishes, dyes, pharmaceuticals, soaps and detergents.

It is used for nitration in making explosives such as trinitrotoluene (TNT), nitro-
glycerine, picric acid, nitrocellulose, etc.

It is involved in the food industry for making sugar, starch, and corn syrup.
It is used in the paint industry for making titanium dioxide (TiO,) pigment.
It is used to dry gases in industrial processes.
35.67% acid is used in lead storage batteries.

10. It is used as a laboratory reagent.

Even though it is used in various industries, it is rarely contained in the-final product.

@§ Did You Know?

Calcium phosphate (Ca,(PO,), and fluorapatite (Ca(PO,),F) .are 'used to make single
superphosphate Ca(H,PO,), and phosphoric acid (H,PO,). HPO,is further used to make
double and triple superphosphates and ammonium phosphate.

EXERCISE

> o D e T4

MULTIPLE CHOICE wURSTIONS

Q.1  Four choices are given'for eacdh\ghestion. Select the correct choice.

I.

II.

Despite being the most abundant gas in the Earth’s atmosphere, nitrogen does not
readily participate in combustion reactions because:

a) It is denser than oxygen.

b) It has a high.specific heat capacity.

c) Breaking the N=N bond requires a large amount of energy.
d) Itis.anoble gas.

A student heats a solid ammonium salt with a solution of a strong alkali. The gas
produced turns damp red litmus paper blue and has a characteristic pungent
smell. The gas is:

a) Hydrogen (H,) b) Carbon dioxide (CO,)
¢) Ammonia (NH,) d) Sulfur dioxide (SO,)

II1. The shape of ammonium is

a) Pyramidal b) Triangular planar
c) Tetrahedral d) Linear




IV.

VL.

In a catalytic converter, the conversion of nitrogen oxides (NO ) into nitrogen gas
(N,) and oxygen gas (O,) is a process of:

a) Oxidation b) Reduction

c) Combustion d) Neutralization

PAN formation starts when_ reacts with the hydrocarbon.
a) NO b) NO,

c) O, d) HO®

Nitrification is the process by which:

a) Atmospheric nitrogen is converted into ammonia.
b) Nitrate is converted into nitrogen gas.

¢) Ammonia is converted into nitrite and then nitrate.

d) Organic nitrogen is converted into ammonia.

VII. The most stable species in an acidic environment is
a) SO* b); SO,
c) HSS d) S
VIII. Which gas is used in separating hard water from normal water?
a) SO, b) H,S
c) NH, d) NO,
IX. The oxidation state of sulfur in'H,SO, is
a) +1 b) +2
c) +4 d) +6
X. The drug omeprazole contains __ group.
a) Thiol b) Sulfoxide
c) Bisulfide d) Sulfone
XI. Sulfur dioxide (SO,) produced from the combustion of sulfur can be further

oxidized to sulfur trioxide (SO,) under specific conditions, such as in the presence
of a:

a) Catalyst (e.g., vanadium(V) oxide) and high temperature
b) Catalyst (e.g., iron) and low temperature

c) Strong reducing agent and high pressure

d) Dilute acid and room temperature
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. Sulfur trioxide (SO,) is not directly dissolved in water to produce sulfuric acid
in the Contact Process because this reaction is:

a) Too slow

b) Reversible and would result in a low yield
c) Highly exothermic and produces a mist of sulfuric acid

d) Requires very high pressures

SHORT ANSWER QUESTIONS

Q.2 Attempt the following short-answer questions:

a)
b)
©)
d)
e)
f)
g)
h)
i)
1))
k)
)]
m)
n)
0)
p)

List two reasons for the inertness of N,.

How is nitrogen isolated from air?

Why ammonia (NH,) is a weak base?

Write down the reactions of photochemical smog formation.

What is the construction and function of a catalyti¢ converter?

Why sulfur is quite unreactive at room temperature?

Which are the most stable oxidation states.of sulfur in water at pH=0 and pH=14?
How does sulfur react with halogens?

Draw the structures of cyclo-octasulfur (S;) and sulfuric acid.

What is the role of sulfur in the vulcanization of rubber?

What is the composition and the chemical reaction of gunpowder combustion?
What is the importance of disulfide bridges?

Write down self-ionization equation of sulfuric acid and its ionization in water.
Give two examples where sulfurie acid acts as a dehydrating agent.

How does VO, catalyze the formation of SO,?

What is purpose of formation of oleum?

DESCRIPTIVE QUESTIONS

Q.3
Q.4

Q5
Q.6

Explain the preparation and basicity of ammonia.

How oxides of nitrogen (NO, ) cause the formation of photochemical smog and PAN?
Give its mechanism.

Give flowsheet diagram and equations involved in the contact process.

Discuss sulfuric acid as an oxidizing agent and a dehydrating agent with three
reactions for each.
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After studying this chapter, students will be able to:

e Describe the colours and the trends in volatility of chlorine, bromine, and iodine.
(Understanding)

e Describe the trend in bond strength of halogen molecules. (Understanding)

HALOGENS

e Interpret the volatility of the elements in terms of instantancous dipole-induced dipole
forces. (Understanding)

e Describe the relative reactivity of halogen elements as oxidizing agents. (Understanding)

e Describe the reactions of elements with hydrogen and explain their relative reactivity in
these reactions. (Understanding)

e Describe the relative thermal stabilities of hydrogen halides and explain these in terms of
bond strength. (Understanding)

e Describe the relative reactivity of halide‘ions as reducing-agents. (Understanding)

e Explain the reactions of halide ions with aqueous silver nitrate and concentrated sulphuric
acid. (Understanding)

e Describe the reactions of halides'with aqueous, silver ions followed by aqueous ammonia.
(Understanding)

e Interpret the reaction of Chlorine with cold and hot aqueous sodium hydroxide as
disproportion reactions: (Understanding)

e Explain the use of chlorine in water purification, including the production of the active
species HOCI and CIO~which kill bacteria. (Understanding)

Elements present.in Group 17 of the periodic table are termed as halogens. It includes
fluorine (F), chlorine (Cl), bromine (Br), iodine (I), astatine (At) and tennessine (Ts). The
halogen elements form a group of very reactive non-metals and are quite similar to each
other in their chemical properties. First four elements are the common elements of the
halogen family but last two astatine (At) and tennessine (Ts) are very rare and radioactive
elements.

Halogens exist as diatomic molecules in all phases (gas, liquid or solid). Fluorine (F,)
and chlorine (Cl,) are gases of pale yellow and greenish yellow colours respectively at
room temperature and pressure. Bromine (Br,) is a volatile liquid of reddish-brown colour
at room temperature. It has corrosive and toxic fumes. lodine (I,) is shiny greyish black
solid at room temperature. It sublimes directly from solid to a violet vapor. The colors of
halogens (X,) darken progressively from chlorine to iodine. The trends of colour changes
from chlorine to iodine is due to changes in the absorption of light as a result of electron
transitions within the molecules of respective halogens.
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Figure 13.1 Greenish yellow chlorine (left), orange brominge (middle) and purple iodine (right)

@%@ Did You Know!

The name halogen comes from the Greek words “halos”, meaning “salt”, and “gen”, meaning “to
make.” The first halogen to be isolated and recognized as an element was chlorine. Despite the fact
that chlorine is poisonous, small amount is essential to human health and life in the form of chloride.

Table 13.1 Atomic and Physi€al properties of the common halogens.

Element O‘}uorx(_)\ Chlorine | Bromine Iodine
Proton number \ ; 17 35 53
Electron shell structure 2,7 2,8,7 2,8,18,7 |2,8,18,18,7
Outer shell electron.configuration | 2s*2p° 3s%3p° 4s24p> 55°5p°
Relative atomic mass (u) 19.0 35.5 79.9 126.9
Physicalstate at of 20 °C gas gas liquid solid
Colour pale yellow | pale green | red—brown | dark gray
Melting point/°C —220 —101 =7 113
Boiling point/°C —188 —35 59 183
Enthalpy change of vaporisation +3.3 +10.2 +15 +30
/kJ mol™!
Solubility/g per 100 g of water at | reactsreadily | 0.59 (reacts 3.6 0.018
20°C with water slightly)




13.1 VOLATILITY OF CHLORINE, BROMINE AND IODINE

Chlorine being a liquid is very volatile at room temperature and it disperses quickly in
the air. Bromine being a liquid is less volatile than chlorine but more volatile than iodine.
It evaporates readily releasing toxic fumes at room

temperature. lodine is the least volatile among @V@ Interesﬁng Information

. . =1

the three. At room temperature, its solid states
show lower volatility as compared to chlorine
and bromine. Generally, volatility decreases from
chlorine to iodine. This trend is due to the increasing
molecular mass, increase in size of outer shell and
stronger intermolecular forces (London dispersion
forces) as we move down the group in the periodic table.

13.2 TREND IN VOLATILITY OF THE HALOGENS

Halogens are non-polar and instantaneous dipole-induced forces play a significant role
in determining the volatility of halogens. The forces.depend on factors like molecular
size, shape and polarizability, with stronger forces leading to lower volatility and higher
boiling points. Substances with weak id-id forces, smaller and less polarizable molecule
have lower boiling points and higher volatility: Larger, more polarizable molecules with
stronger London dispersion forces have higher boiling points and lower volatility.

Bromine liquid evaporates easily at
room temperatures emitting an orange
vapor. Bromine has a very strong and
bad odor. It gets its name from the Greek
word “bromos” which means “stench.”

Volatility is inversely related to the boiling peint of a substance. A more volatile substance
will have a lower boiling point. Stronger intermolecular forces require more energy to
separate the molecules from the liquid phase to the gaseous phase. A summary about
polarizability and volatility is given in Table 13.2.

Table 13.2/Effect of Londen forces on physical properties

Size Polar@ﬁity ﬁantaneous Boiling Point Volatility

dipole-induced
dipole forces

Small Small Weak Lower Higher

Large High Strong Higher Lower

The first two halogens, i.e, fluorine (colourless or very light green) and chlorine (greenish
yellow) are gases due to weaker id-id forces. Bromine is a liquid as its size is bigger
and it possesses stronger intermolecular forces than fluorine and chlorine. Iodine has the
strongest forces among the group, so it is in solid state at room temperature.

Quick Check 13.1

a) Which halogens elements are radioactive?
b) What is the reason behind the different colours of halogens?
¢) Why chlorine is more volatile than bromine and iodine?
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13.3 THE BOND STRENGTH OF HALOGEN MOLECULES

Bond strength in halogens decreases as we move
down the group from chlorine to iodine. This is due repulslon

to the increase in the atomic size down the group
which results in longer bond lengths and weaker

bonds. Moving from top to bottom in group 17, the

bond energies of halogens decrease gradually from F — F Q

chlorine to iodine. However, fluorine is an exception

in this group. In the case of fluorine, the bond strength

is relatively weak because fluorine atoms are very

small. Due to the small size, there is significant

electron—electron repulsion between the lone pairs on Figure. 13.2 F, molecule with lone
the fluorine atoms, which weakens the bond despite pairs of electrons

the high electronegativity of fluorine. The bond energy of halogens is listed in Table 13.3.

Table 13.3 Bond energies of halogen molecules

Halogen Molecule Qggpﬁ Energy (kJmol ™)
F, 156
Cl, 243
Br, 193
I, 151

13.4 RELATIVE REACTIVITIES OF THE HALOGENS AS
OXIDIZING AGENTS

All the free halogens act ‘as)oxidizing agents when they react with metals and most of
non-metals. On formingionic compounds with metals, the halogens gain electrons and are
converted to negative halide ions.

2Nag, + Cly, —> 2NaCl

The oxidizing power of halogens decreases down the group. Fluorine has the highest
oxidizing power and iodine the least. The order of decreasing power as an oxidizing agent
is:

The reactivity of halogens is directly related to their ability to acquire an electron and
form halide ions (F~ CI', Br and ') when they react with other elements. Fluorine has the
highest tendency to acquire an electron and form fluoride. Fluorine molecule can oxidize
and displace all the halide ions from their solutions (Cl Br and I) to free halogens.

Fag + Clag —> Fag* Chyy

Fog + Brag — Fagt Bryy

1- 1—
Foe* g > Fag ™+ Iy

-




Similarly, chlorine can oxidize and displace Br- and I". Bromine can oxidize and displace
I". Iodine cannot oxidize any halide ion.

The oxidizing power of ha]ogens can be Table 13.4 Standard electrode potential E° (X,/X")

related to standa.rd glectrode P oten‘glal Halogen Molecule | Standard Reduction
(E®) values. Fluorine is the most reactive c .
.. (X,) Potential, E° (V)
halogen and the most powerful oxidizing
agent. The standard electrode potential F +2.87
E* (X,/X") for halogens shown in Table Cl, +1.36
13.4 become less positive from fluorine Br, +1.07
to iodine. This reflects the decreasing I, 10.54

oxidizing power. The oxidizing power of
halogens depends upon various factors,
i.e., energy of dissociation, electron affinity of atoms, hydration energies of ions, and heats
of vaporization (for Br, and I,). A halogen having low energy of dissociation, high electron
affinity and higher hydration energy of its ions, will have a high oxidizing power.

Quick Check 13.2 ly

a) The F-F bond is weaker than CI-Cl bond although. fluorine is the most electronegative element,
Explain.

b) Is the reaction between NaCl, ) and F, gas possible?
i)  Give reason whether yes or no.
i1) If yes, write the equation for this reaction.

¢) What is the relationship between the oxidizing power of halogens and their standard reduction
potential values?

13.5 REACTIONS OF THE HAT:OGENS WITH HYDROGEN
When halogen elements react-with hydrogen, they produce hydrogen halides.
H, + X, ——> 2HX Where X, =F,, Cl,, Br, and I,

Hydrogen halides are(colourless gases that dissolve in water to form hydrohalic acid.
When we move down the group from fluorine to iodine, the reactivity of halogens with
hydrogen decreases.

A 4

At low temperature and in the dark, fluorine reacts explosively with hydrogen.
Hyg + Fap —5 2HF,
When this gas is dissolved in water, it forms hydrofluoric acid.

In the presence of UV light or a spark, chlorine reacts readily with hydrogen and produces
colourless HCI gas which forms hydrochloric acid in water.

hv
Hyg) + Clyyy ———>  2HCl,,

Hydrogen bromide (HBr) gas is produced when bromine reacts with the hydrogen upon
heating. HBr gas is less reactive than HCl and HF. It forms a strong hydrobromic acid in
water. This is an exothermic reaction.
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Hyg + Bryy = 5 2HBry
At high temperature and in presence of a catalyst, iodine reacts with hydrogen to form

hydrogen iodide (HI) gas, which forms hydroiodic acid in water.
catalyst
Hyg) * Ly < 2HI )

This is a reversible reaction and occurs very slowly.

13.6 RELATIVE THERMAL STABILITIES OF HYDROGEN
HALIDES IN TERMS OF THEIR BOND STRENGTH

As we move down the halogen group from fluorine to iodine, thethermal stabilities of
hydrogen halides (H-X) decrease due to decrease in bond dissociation energies as given in
Table 13.5. The order of thermal stability of HX is as follows:

HF> HCI1 > HBr > HI

Bond strength between the hydrogen and the halogen atom in the H-X molecule explain
this trend. Hydrogen fluoride (HF) is the most thermally stable hydrogen halide. Due to the
high electronegativity of fluorine and its small atomic radius, a strong overlap of orbitals
produces a very strong H-F bond. The bond dissociation energy of H-F (569 kJ/mol) is the
highest among the hydrogen halides. Hydrogen chloride (HCI) is less thermally stable than
hydrogen fluoride but more stable than other hydrogen halides. Due to the larger atomic
radius of chlorine than fluorine H-CI'bond is weaker than H-F bond. Its bond dissociation
energy is less than that of H-F. Its bond dissociation energy is 431 KJ/mol. Hydrogen
bromide (H-Br) bond is weaker than H-F and H-CIl due to the larger atomic radius of
bromine. There is a reduced overlapping of orbitals. Its bond dissociation energy is 366
kJ/mol. Among the common-hydrogen-halides, hydrogen iodide (HI) is the least thermally
stable. Atomic radius of.iedine is very large leading to poor orbital overlap due to which
hydrogen iodide bond is the weakest among H-F, HCl and HBr. The bond dissociation
energy of hydrogen iodide is 299 kJ/mol.

Table 13.5 Bond dissociation energy of H-X bonds

\@ﬁrogen halide (HX) Bond dissociation energy (kJmol!)
H-F 569
H-C1 431
H-Br 366
H-I 299

-




Quick Check 13.3

a) The reaction between H, and F, is explosive but that between H, and I, is slow and reversible.
Explain why.
b) Refer to Table 13.4 and 13.5 to predict which of the following reactions would be more exothermic.

Explain your answer.

Hyg tClygy —> 2HCl, and  Hy, FBryq —— 2HBrg,
¢) How thermal stability of hydrogen halides is related to their bond dissociation energies?
d) HF is the most thermally stable hydrogen halide. Give reasons.

13.7 RELATIVE REACTIVITY OF HALIDE IONS-AS
REDUCING AGENTS

The reducing ability of halide ions increases as we move down the group from fluorine to
iodine. This trend is mostly due to the decreasing electronegativity and increasing atomic
radius down the group. This result in lower charge density and greater ease of electron
donation. Fluoride ion is the weakest reducing agent.while iodide is the strongest reducing
agent among the halides.

The order of decreasing power as a reducing agent is I' >Br > CI"> F-. The following is
an explanation of this trend in terms of their properties.

The high electronegativity of fluorine and the strong-bond between the fluorine atom and
its extra electron make it difficult for fluoride ion (F°) to donate electrons. The small size
of fluoride ion results in a high charge density, further stabilizing the fluoride ion and
reducing its tendency to lose an/electron.

Chloride ion (CI) is a stronger.reducing agent than fluoride but still weaker than bromide
and iodide. This is due torits larger size and lower electronegativity.

Bromide (Br") is a stronger reducing agent than chloride. Bromine is less electronegative
than chlorine. Bromide ion (Br’) has a larger ionic radius and lower charge density due to
which it easily loses an electron and act as a reducing agent.

Iodide (I") ismuch stronger reducing agent than both chloride and bromide. Electronegativity
of iodine is'much lower than chlorine and bromine. lodide ion (I') is large in size. This
results in a lower charge density and a tendency to donate an electron by the iodide ion,
making it strong reducing agent.

13.8 REACTIONS OF HALIDES WITH AQUEOUS SILVER
ION FOLLOWED BY AQUEOUS AMMONIA

13.8.1 Reactions of halides with aqueous silver ion

Insoluble silver halides (AgX) are formed when halide ions react with aqueous silver
nitrate (AgNO;). These reactions are used in qualitative analysis to identify halides ions.
The general reaction is given below:




HALOGENS

Xiag) T Aglg —> 2AgX

No reaction is visible when silver ions and fluoride ions are mixed in the aqueous medium.
As silver fluoride is soluble in water, fluoride (F°) does not form precipitate as silver
fluoride.

When silver ions and chloride ions are mixed in the aqueous medium a white precipitate
of silver chloride forms, which is soluble in dilute ammonia.

1 -
Ag g T Clag —> AgCl

On mixing of aqueous silver ions with
aqueous Bromide ions, a cream-coloured

precipitate of silver bromide forms. This
precipitate of silver bromide is sparingly
soluble in concentrated ammonia.

Agug Tt Brag’ > AgBr,

o . L. Figure 13.3 Colours of the silver halide
A yellow precipitate of silver iodide forms precipitates: silver chloride (left), silver bromide
(middle) and silver iodide (right).

on mixing aqueous silver ion with aqueous
halide solution. The product Agl is insoluble in ammonia.

1 1-
Aug T lay POAgl)
This type of reactions is used to identify halide ions-and is called silver nitrate test.
13.8.2  Reaction of silver halides (AgX9 with aqueous ammonia

Addition of aqueous ammonia- tests thewsolubility of initially formed silver halide

precipitates. AgF is soluble in-water.so. it does not form precipitate, so ammonia has no

effect. Silver chloride dissolves in dilute ammonia to form diamminesilver(1) complex.

The white precipitate.of AgCl dissolves in dilute ammonia forming a colourless solution.
AgClyy + 2NHyy —> [Ae(NH3)l' g + Clag”

The cream-coloured precipitate of AgBr dissolves in concentrated ammonia, forming a
colourless solution.

AgBr(, + 2NH;,, —— [Ag(NH;),]Gq) TBrag
The yellow precipitate of silver iodide (Agl) does not dissolve in both dilute and
concentrated ammonia, so there is no change in the presence of ammonia.

The below sequence of reactions in Table 13.6 provides a systematic way to differentiate
between halide ions using their solubility with aqueous silver ions and ammonia.

Quick Check 13.4

a) Fis a weaker reducing agent than CI". Explain why.

b) What is the cause of the different solubilities of silver halides in aqueous ammonia?

¢) Write down the equation for the reaction of KI with Ag" followed by aq. NH;. What would you
observe at the completion of this reaction?




Table 13.6 Action of Ag”™ followed by ammonia on halides

Halide ion Action of aq. Ag*ion Action of Aqueous Ammonia
Fluoride ion (F~) No precipitate No reaction with aq. NH;
Chloride ion (CI") White precipitate (AgCl) Soluble in dil. ag. NH;

Bromide ion (Br) Cream colour precipitate (AgBr) | Soluble in conc. aq. NH;4

lodide ion (I") Pale yellow precipitate( Agl) Insoluble in aq. NH;4

13.9 REACTIONS OF HALIDES (X)) WITH CONCENTRATED
SULFURIC ACID

The reactions of different halide ions with concentrated sulfuric acid are different from one
another. The nature of the product and nature of reaction changes down the group from
fluoride to iodide.

Fumes of hydrogen fluoride gas are produced when concentrated sulfuric acid reacts with
NaF. HF is a weak reducing agent, therefore, it-does not react with H,SO, further.

When concentrated sulfuric acid reactswith sodium chloride, fumes of hydrogen chloride
gas are produced.

In case of Br!- ion, steamy fumes of hydrogen bromide (HBr) gas and brown fumes of
bromine (Br,) are produced-along with the smell of sulfur dioxide (SO,). It is a redox
reaction. Hydrogen bromide acts as a.reducing agent by reducing sulfuric acid to sulfur
dioxide and is self-oxidized to bromine.

When concentrated sulfuric acid reacts with sodium iodide, fumes of hydrogen iodide gas,
purple fumes of solid iodine I, and smell of H,S gas produced. HI acts as a strong reducing
agent. It reduces H,SO, to H,S and is itself oxidized to L,.

The trend of increasing reducing power of the halide ions (X") from fluoride to iodide,
leads to more complex reactions with concentrated sulfuric acid.
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13.10 REACTIONS OF CHLORINE WITH COLD AND HOT
AQUEOUS SODIUM HYDROXIDE

Those reactions in which a single element undergoes both oxidation and reduction
simultaneously are known as disproportionation reactions. When chlorine reacts with cold
and hot aqueous sodium hydroxide (NaOH), it undergoes disproportionation and forms
different products according to the temperature of the reaction.

13.10.1 Reaction with cold aqueous sodium hydroxide

Chlorine undergoes disproportionation when it reacts with cold aqueous sodium hydroxide
(NaOH) forming sodium chloride (NaCl) and sodium chlorate (I) (NaCIO):

Oxidation states of chlorine in the above reaction are given below:

Chlor?ne %n Cl, 0 @%@ Keep in Mind!
Chlorine in NaCl = -1

.. Sodium chlorate (I) is previously
Chlorine in NaCIO = +1

called sodium hypochlorite.
Chlorine in Cl, is oxidized from 0 to +1 in NaOCI. Chlorine in Cl, is reduced from 0 to 1
in NaCl.

The above reaction shows the simultaneous oxidation and reduction of chlorine and is
example of disproportionation reaction.

13.10.2 Reaction with hot aq@iepus sodiurn hydroxide

When chlorine reacts with hot aqueous sodium hydroxide (NaOH), it forms sodium chloride
(NaCl) and sodium chlorate (V) (NaClO,). It is another example of disproportionation
reaction.

Chlorine in Cl, = 0
Chlorine in NaCl = -1
Chlorine in NaCIO; = +5

Chlorine is oxidized from 0 to +5 in NaCIO;. Chlorine is reduced from 0 to -1 in NaCl

This disproportionation reaction shows how the temperature of the reaction influences the
products formed, demonstrating the versatility of chlorine in undergoing redox reactions.

-




Quick Check 13.5

a) How would KI react with conc. H,SO,? What does this reaction indicate about the reducing
power of iodide?

b) Show that the reaction of Cl, with cold and hot aqueous KOH is a disproportionation reaction.

¢) HI acts as strong reducing agent. Explain it with chemical reactions.

13.11 USE OF CHLORINE IN WATER PURIFICATION

Chlorine gas is very poisonous. However, in small quantities, they are harmless to
humans but poisonous to the bacteria which cause diseases. Due to its strong disinfectant
properties, chlorine is widely used at the treatment plants for waterpurification. The
process involves adding chlorine to water, where it forms active species;that kill bacteria
and other pathogens. Water in the swimming pools is also chlorinated with slightly higher
concentrations of chorine because there is likely to be a higher.concentration of bacteria
in the water. The primary active species are chloric (I) acid or-hypochlorous acid (HOCI)
and the chlorate (I) or hypochlorite ions (OCI"). Chlorination'is a relatively inexpensive
method of water disinfections.

13.11.1 Chlorine Addition to Water
When chlorine gas (Cl,) is added to water, it-undergoes hydrolysis to form a mixture of
hydrochloric acid (HCI) and chloric (I) acid (HCIO).

Clyg) + H0(, > HClg) + HCIOy)
Chloric (I) acid (HOCI) is a weak acid and partially dissociate in water to form hydrogen
ions (H") and chlorate (I) ion (OCI").
13.11.2 Disinfection Actiyity

HOCI and OCI" are effective disinfectants, but HOCI is more effective due to its neutral
charge. The neutral charge of HOCI allows to penetrate the cell walls of micro-organisms
easily. Essential cellularcomponents such as proteins and lipids are oxidized by HOCI and
OCT, which disrupt the cell function leading to cell death. HOCI and OCI can oxidize and
inactivate enzymes that are crucial for survival and replication of bacteria.

@§ Interesting Information

Nucleic acids (DNA and RNA) can be oxidized by HOCI and OCI" and thus preventing bacteria
from replicating and vital cellular functions.

13.11.3 Factors Affecting Disinfection
pH

i) At pH around 6-7.5, HOCI predominates and makes the disinfection process more
effective.




ii) At higher pH (above 7.5), OCl predominates. It is less effective but still provides
disinfection.

Chorine dose

The higher the amount of chlorine, the more effective the disinfection. Sufficient chlorine
must be added to get enough HOCI and OCI to kill bacteria.

Contact time

Contact time of water with chlorine must be long enough, to allow the disinfectants to
penetrate and kill bacteria, viruses and protozoa.

a) Why HOCI is more effective disinfectant than OCI" to kill bacteria in water?

b) What are the factors that affect disinfection of bacteria in water?

¢) What are the primary active species in the chlorination of water? Give equation that shows their
formation.

EXERCISE

MULTIPLE CHOICE QUESTIONS

Q.1  Four choices are given for‘each question” Select the correct choice.

I. Which halogen molecule has the strongest bond?

a) F, b) Br,
c) L, d) Cl,
II. The volatility of the halogens (Group 17) generally as you move down
the group (from Fluorine to lodine).
a) Increases b) Decreases
¢) Remains'the same d) Fluctuates unpredictably

II1. Which one of the following halogen molecules has strongest oxidizing power?

a) Br, b) F,
c) I, d) Cl,

IV. The decreasing thermal stability of the halogens down the group is primarily due
to the:

a) Increasing electronegativity of the atoms.
b) Decreasing bond length between the halogen atoms.

c) Increasing atomic radius, leading to a weaker covalent bond.

d) Increasing strength of van der Waals forces




V. Which one of the following halides has strongest reducing power?
a) F b) CI
b) Br d I
VI. Which statement about the reaction between halogens and hydrogen is correct?

a) lodine reacts most vigorously with hydrogen.

b) Chlorine and hydrogen explode in darkness.

c) Fluorine combines explosively with hydrogen even in cold and dark conditions.
d) Bromine and hydrogen do not react at all.

VII. How does the acidic strength of hydrogen halides change as.you move down

the group?
a) It remains constant. b) It decreases from HF to HI.
¢) Itincreases from HF to HI. d) It fluctuates erratically.

VIII. Why is fluorine the most reactive halogen?
a) Bond length in the halogen molecule
b) Bond strength in the halogen molecule
c) Electronegativity of the halogen
d) Number of electrons in the halogen molecule

IX. When aqueous silver nitrate is added to a ‘solution containing bromide ions, a
cream precipitate forms. What.is the solubility of this precipitate in aqueous
ammonia solution?

a) Soluble in dilute ammenia solution

b) Partially soluble in"dilute ammeonia solution
¢) Insoluble in dilute'ammonia solution

d) Soluble only upon heating with ammonia

X. Concentrated sulfuric acid is added to solid sodium chloride. What is the initial
observation?

a) Reddish-brown fumes are evolved.

b) A purple vapor is evolved.

¢) Steamy white fumes of hydrogen chloride are evolved.
d) A black solid is formed.

SHORT ANSWER QUESTIONS

Q.2  Attempt the following short-answer questions:

a. Which halogen is the least reactive, which is the most reactive? Give reason.

b. The ionic equation for a reaction is:
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Br, +2I —Br +1,
Explain which species is oxidized in this reaction. Why?
What is role of London dispersion forces in the trend of volatility of halogens?
How does the reactivity of halogens with hydrogen vary?
Which halogen is used as an antiseptic? How does it work?
What is the colour change when chlorine displaces bromine?
How the halogen acids are ionized in water?
Why HF is weaker acid than HCI?

Describe a simple chemical test that could be used to distinguish between aqueous
solutions of potassium bromide and potassium iodide. Include the reagents and
expected observations.

Explain the chemical principles behind the use of chlorine as a disinfectant in water
purification. Include relevant chemical equations in your €xplanation.

Describe one significant disadvantage associated with the use of chlorine in water
purification.

What is disproportionation reaction? Give an.example.

Chlorine gas reacts differently with ‘sodium hydroxide solution depending on the
temperature and concentration.

Write balanced chemical equations.for the reaction of chlorine (Cl,) with:
1) Cold, dilute sodium hydroxide (NaOH).
ii) Hot, concentrated sodium hydroxide (NaOH).

For each reaction in question 1), identify the oxidation states of chlorine in the reactant
(Cl,) and in each of the chlorine-containing products. Use these oxidation states to
explain why both.reactions are classified as disproportionation reactions.

DESCRIPELVE QUESTIONS

Q.3 Describeand explain the relative thermal stabilities of the halogen hydrides in terms

of bonds strength.

Q 4. Discuss the relative reactivity of the halogen elements as oxidizing agents. Arrange

F,, Cl,, Br,, I, in increasing order of the oxidizing power.

Q 5. Discuss the reducing power of halide ions with relevant reactions. Also explain the
factors affecting it.

-
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Student Learning Outcomes J[eaiEeZURINeRIB:BE]

After studying this chapter, students will be able to:

Identify the properties and composition of the atmosphere. (Include the concept of 4 layers
of atmosphere and their composition. (Understanding)

Describe the sources and understand the effect of air pollution, (this can include both
natural and human caused pollutants including Greenhouse gases'(such as carbon dioxide,
methane, and nitrous oxide), Chlorofluorocarbons (CFCs),,and Ozone (O,) and other
ozone-depleting substances, Volatile organic compounds, (VOCs), Polycyclic aromatic
hydrocarbons (PAHs), Persistent organic pollutants (POPs), Heavy metals such as Lead
(Pb), Mercury (Hg), Cadmium (Cd). (Understanding)

Describe the impact of human activities on the.atmosphere including the effects of burning
fossil fuels and deforestation. (Understanding)

Identify the chemical reactions and processes that occur.in'the atmosphere (some examples
include the formation of smog and acidrain). (Understanding)

Identify the global scale problems of air pollution, such as global warming and the
greenhouse effect. (Understanding)

Describe the factors that affect air quality. (Understanding)
Explain the link between air quality and/human health. (Understanding)
Evaluate the potential health risks.associated with air pollution. (Understanding)

Familiarize with use of methods and techniques to measure and monitor air quality.
(Understanding)

Design experiments and collect data to test hypotheses about air quality. (Application)
Analyze data and interpret air quality measurements and trends. (Understanding)

Explain the technologies and strategies used to reduce air pollution and improve air quality,
such as emissions control and renewable energy sources. (Understanding)

Identify the laws and regulations related to air quality and the measures used to control air
pollution. (Understanding)

Analyze the economic, social, and political issues related to air pollution and air quality
management and demonstrate through answers. (Understanding)

The atmosphere is a sphere of different gases around the earth. The components of the
atmosphere may be divided into major, minor and trace components. Major components
are nitrogen (78.00%) and oxygen (21.01%). Minor components are argon (0.93%),
carbon dioxide (0.04%). Trace components are methane, hydrogen, neon, helium,
krypton, and xenon.
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14.1 LAYERS OF THE ATMOSPHERES

The atmosphere has four distinct layers which are determined by the change in temperature
that is observed with increasing altitude.

i) Troposphere

It is the lowest region of the atmosphere which
extends up to 12 km. It includes all the major gases
present in the atmosphere i.e., nitrogen, oxygen,
and carbon-dioxide, etc. In this region, temperature
decreases from 17 °C to -58 °C regularly. It is the
densest layer of the atmosphere. It is the layer in
which major events such as rain, lightening, and

hurricanes occur. g \-w

ii) Stratosphere Figure 14.1-Layers of the atmosphere

Above the troposphere, the stratosphere lies which is at a:distance of 12-50 km above the
earth surface. Temperature increases from -58°C to -2°C. Stratosphere can also be divided
into three regions according to the distribution of ultraviolet radiations from the Sun. Since
ozone in the upper layer absorbs high energy ultraviolet radiations from the Sun. It breaks
down into monoatomic oxygen and diatomic oxygen.

hv o

0, 0 AT 0, f 7 O(g)
The middle stratosphere has less ultrayviolet radiations passing through it. Here, monoatomic
oxygen and diatomic oxygen recombine to form. ozone which is an exothermic reaction
due to which formation of ozone layer takes place.

L]

0, " O(g) >0, ©
The lower stratosphere receives verylow ultraviolet radiations, thus monoatomic oxygen
1s not found here and ozone is not formed here.

iili) Mesosphere

It extends to a height of about 50-80 km from the ground. Here, the temperature decreases with
altitude from-2°C to -93°C. The coldest region of the atmosphere is located in this layer.

iv) Thermosphere

It extends from 80 km to 600 km above the earth surface. This is the region where the
temperature increases as the altitude increases. The increase in the temperature is caused
due to the absorption of energetic ultra-violet (UV) and X-rays. Temperature in the upper
thermosphere can range from 500 °C to 2000 °C or higher.

14.2 AIR POLLUTANTS

Pollutants are substances (gases, liquids and solids) that are harmful to the environment. Air
pollutants can be classified as primary and secondary. Primary pollutants are substances
directly produced or emitted, such as ash from a volcanic eruption or carbon monoxide gas
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from a motor vehicle exhaust. Secondary pollutants are formed due to chemical reactions
of primary pollutants.

The most important pollutants are mentioned below:

Oxides of Carbon (CO and CO,)

Oxides of Nitrogen (NO and NO,) collectively known as NO_
Oxides of Sulphur (SO, and SO,) collectively known as SO_
Hydrocarbons (Methane, Ethane)

Low altitude Ozone (O,)

Chlorofluorocarbons (CFCs)

Polycyclic Aromatic Hydrocarbon (PAHs)

Persistent Organic Pollutant (POPs)

Volatile Organic Compounds (VOCs)

10. Particulate Matter (PM)

11. Heavy Metals (Pb, Hg and Cd)

14.3 SOURCES OF AIR POLLUTTON

There are broadly two main sources of air pollution.
14.3.1 Natural Sources

Naturally occurring particulate matter (PM) include dust from earth’s surface, and
biological materials in the form of pollens, spores and animal debris. Volcanic eruptions can
introduce very large quantities of gases and particulate matter (PM) into the atmosphere.
Thunderbolt produces significant quantities.of oxides of nitrogen (NO ).

A N A o

Other natural sources of air-pollutiontarealgae on the surface of the oceans, which gives out
hydrogen sulphide (H,S), wind erosion which introduces PM and humid zones such as swamps,
peat-bags or little deep lakes, which produce methane (CH,).

14.3.2 HumanéMade Sources

Such sources can be classified as either mobile (cars, trucks, air planes, marine engines) or
point sources (factories, electric power plants etc.). The combustion of fossil fuels (coal,
fuel oils, and natural gas) in vehicle engines, factories and power plants produce carbon
dioxide (CO,) carbon-monoxide (CO), and hydrocarbons (CH,). The burning of wood as a
domestic fuel and coal in brick kilns are also the sources of air pollutants.

Quick Check 14.1

a) Mention important air pollutants.

b) Give the equations for the formation and depletion of ozone in the stratosphere.

¢) Write down the names and approximate height of different layers of atmosphere.
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14.4 SOURCES OF AIR POLLUTANTS
14.4.1 Oxides of Carbon

There are two oxides of carbon i.e., carbon monoxide (CO) and carbon dioxide (CO,).
Carbon monoxide (CO)

Carbon monoxide (CO) is produced mainly due to incomplete combustion of fossil fuels.

2C(S) + O2(g) 2CO(g)

& Did You Know?

Carbon monoxide is highly poisonous gas and causes suffocation if inhaled. It binds blood
haemoglobin more strongly than oxygen thus excluding oxygen from mnormal respiration.
The CO poisonous can be reversed by giving high pressure oxygen:

Carbon dioxide (CO,)

Carbon dioxide is the key greenhouse gas emitted by.human activities like combustion
of fossil fuels. Carbon dioxide (CO,) is a primary greenhouse gas that traps heat in the
atmosphere, leading to global warming.

C(S) + OZ(E) co

2(2)

14.4.2 Oxides of Nitrogen (NO )

The gases like nitric oxide (NO) and nitrogen{dioxide (NO,) are represented by NO..
These are generally produced from burning, fossil fuels. NO_ are produced as a result of
the following chemical reactions:

high T
N, + 057 ——=> 2NO,_, (Nitric oxide)

2(g) 2(g)

2NOy,+ O, —> 2NO, . (Nitrogen dioxide)

2(2)

Natural sources 0f NO, include microbial processes in soil and oceans where bacteria break
down nitrogen’compounds. Human activities include agricultural activities (synthetic
fertilizers).and industrial processes (combustion of fossil fuels). It depletes the ozone layer.
The increased levels of NO, contribute to climate change and can also affect air quality.

14.4.3 Oxides of Sulphur (SO )

There are two oxides of sulphur i.e., sulphur dioxide (SO,) and sulphur trioxide (SO,)
which are collectively called SO, . These gases are emitted primarily by burning coal and
oil. When SO_combine water vapour, They cause acid rain that damages ecosystem. SO,
is the major source of acid deposition in the air.

14.4.4 Hydrocarbons

Hydrocarbons are produced naturally in various environmental processes like vegetation,
wildfire, volcanoes, and seeps.




Anthropogenic activities like incomplete burning of fossil fuels, oil spills, industrial and
vehicular emissions are sources of hydrocarbons. Automobiles are the major source of
hydrocarbon emission. Methane is the most common hydrocarbon and air pollutant.

14.4.5 Low-Altitude Ozone (O,)

Ozone is a powerful oxidizing agent. It is non-toxic in small concentrations, but above 100
parts per million (ppm), it is toxic. It is harmful to humans, plants and other materials i.e.,
rubber, fabric dyes, and affect adversely.

14.4.6 Chlorofluorocarbons (CFCs)

The decrease in the concentration of ozone in stratosphere is called depletion of
ozone. This depleting of ozone has been caused by certain organic/ compounds called
chlorofluorocarbons (CFCs). These compounds exist as gases or low boiling liquids at
room temperature and are used as aerosols or refrigerants.

Chlorofluorocarbons are known to diffuse into the stratosphere where they are broken
down by UV radiation creating chloride free radical (C¢ ). The'chloride free radical breaks
down the Ozone molecule as shown in the following reactions.

CFCl, —— CECY, +C/
Cl+0, ——T=>'Cl0+0,
ClO+0 ———> CL+0,

The formation of another chlorine free radical in the last step that can further break down
another molecule of O,. The 2" and the 3™ steps.are repeated many times.

@%@ Interesting Information

Chlorofluorocarbons are used as.propellants for aerosols and as coolant in refrigerators
and air conditions. CFCs are 100,000'times more effective than CO, at preventing heat from
escaping from the earth’s atmosphere. The decomposition of one molecule of CFCs can
destroy up to 100,000 molecules of ozone.

14.4.7 Polyc¢yelic Aromatic Hydrocarbon (PAHs)

Polycyclic “aromatic hydrocarbon (PAHs), composed of fused multiple aromatic rings
are common environmental pollutants. Naphthalene, anthracene and phenanthrene are
examples of PAHs. They are generated primarily during the incomplete combustion of
fossil fuels (coal, oil, petrol, and wood), vehicle emissions, industrial processes and even
grilled foods. Some PAHs in the environment originate from the natural sources such
as open burning, natural loss or seepage of petroleum and coal deposits. Naphthalene,
anthracene and phenanthrene are examples of PAHs. They have potential toxicity and
carcinogenic properties.

14.4.8 Persistent Organic Pollutants (POPs)

These are organic compounds that are resistant to degradation through chemical, biological
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and photolytic processes. These are toxic and adversely affect human health and the
environment, traveled by wind and water. Most POPs are generated in one country can
affect people and wildlife far from where they are used and released.

Owing to their persistence, they accumulate in the environment and can have significant
adverse effects on human health. Some POPs are given in Table 14.1 below:

Table 14.1 Some POPs with their uses

Names of POPs Uses

Polychlorinated Biphenyls | Used in electrical equipment, surface coating ink,
(PCBs) adhesives and paints

Dichlorodiphenyl Used . cide i cul

i ehlloies s (D) sed as an insecticide in agriculture

14.4.9 Volatile Organic Compounds (VOCs)

A large group of organic compounds that easily evaporates at room temperature. VOCs
are emitted as gases from certain solids or liquids-Liquid fuels are major sources of VOCs
that impact outdoor air quality. Vehicle exhaust and burning liquid fossil fuels, wood and
garbage all release VOCs into the atmosphere.

Exposure to VOCs can cause a variety of health effects including eye, nose and throat
irritation, headache, nausea after short term exposures and damage to the liver, kidney
and central nervous system are long.term exposures. They are significant air pollutants
contributing to indoor and outdoor-air pollution. Some common VOCs are benzene,
xylene, toluene, ethanol, formaldehyde and.acetone, etc.

14.4.10 Particulate Mattér (PM)

The term “particulate,matter (PM)” refers to the wide variety of tiny substances that float
in the air in the form™of either solid particles or liquid droplets or both.

Particulate matter-(PM) is all the dust, smoke, and haze particles suspended in ambient
air. Particulate matter (PM) comprises acids, organic chemicals, metals, and soil or dust
particles. Sources of PM are both natural and anthropogenic. Natural sources include
volcanoes, fires, dust storms, and acrosolized sea salt. Man-made sources of particulate
matter (PM) include combustion in mechanical and industrial processes, vehicle emissions,
and tobacco smoke.

14.4.11 Heavy Metals (Lead, Mercury and Cadmium)

Heavy metal like lead, mercury and cadmium can indeed be significant air pollutants.
They are released into the atmosphere from various industrial process, transportation and
other human activities. Metallurgy, battery waste and incineration are their major sources.

-




14.5 IMPACT OF HUMAN ACTIVITIES ON ATMOSPHERE

Human activities have significant impact on the atmosphere, primarily through the burning
of fossil fuels and deforestation. These activities contribute to climate change, air pollution,
poor air quality and other environmental issues.

In urban areas, most air pollution comes from human-made sources. Such sources can
be classified as either mobile (cars, trucks, air planes, marine engines) or point sources
(factories, electric power plants etc.)

14.5.1 Impact of Burning Fossil Fuels on the Atmosphere

The burning of fossil fuels is the primary cause of current climate change, altering the
earth ecosystem and causing human health problems. The burning of fossil fuels affects the
earth system in a variety of ways. Some of these ways include greenhouse gas emission, air
pollution and volatile organic compounds.

Emitted Pollutants

Figure 14.2 Impacts of air pollutants on the atmosphere

14.5.2 Impaet of Deforestation on the Atmosphere

Deforestationispurposefulcleaningorthinningofforestsbyhumans. Deforestationrepresents
oneofthelargestissuesinglobalclimate. ForestsabsorbGreenHouse Gases(GHGs)like CO,and
cleanair forus. Inshort, deforestation has a wide range of negative impact on the environment,
including loss of biodiversity climate change, soil degradation, and water cycle disruption.

a) Mention man-made sources of air pollution.

b) How do polycyclic aromatic hydrocarbons (PAHs) primarily enter the atmosphere?
¢) How do volatile organic compounds (VOCs) affect air quality?

d) What are major sources of heavy metals in the atmosphere?
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14.6 EFFECTS OF AIR POLLUTANTS

The most common effects of air pollutants are formation of Smog and Acid Rain.

14.6.1 Formation of Smog

Smog is a type of air pollution [ N
typically characterized by a
thick haze. It primarily occurs in
urban areas and is often caused
by emissions from vehicle,
industrial activities and other
sources of pollution. It consists
of fine dust or soot particles,

condensed water vapor, . :\_ )

poisonous gases like SO,, NO,, - ‘.," ‘

0O, CO aqd CO,, secondary \'e,‘

pollutants like O,, unburned . h =
hydrocarbons, VOCs and PM of  _ | V‘ ik

size 10-2.5 micron. Figure 14.3 Smog in Lahore

Types of smog
i) Industrial or Classical Smog (London.Smog)

i) Photochemical smog (Los Angeles Smog)

i) Industrial or classical smog

Industrial smog also called as“'Reducing smog or Classical Smog”. It usually results
from high quantities of sulfur oxides-(SO ) being released into the air. It is also called
London smog.

ii) Photochemical'smog

Photochemical-smog is a type in Sunlight
which primary air pollutants like K Brown
nitrogen oxides (NO ), VOC and > photochemical

unburned hydrocarbons undergo Smog

photochemical reactions in the
presence of sunlight and form Nitrogen oxides and volatile
secondary pollutants like ozone org ]
and peroxyacetyl nitrates (PAN).
This type of smog is considered
more dangerous as it can cause
heart palpitations, pneumonia
and even lung cancer.

Figure 14.4 Illustration of Photochemical smog




14.6.2 Acid Rain

When rain water has pH less than 5.6, it is known as acid rain. It refers to precipitation
(rain, snow sheet or hail). Burning of fossil fuels releases SO _and NO, into the atmosphere.
These gases mix with the moisture in the air and form acids. Wind can carry these acidic
droplets to huge distance. Finally, these droplets return to the ground as acid rain, acid hail,
snow and even fog. Acid rain looks, feels and tastes like clean rain. Its corrosive nature
causes widespread damage to the environment. The most important chemical reactions are
following:

280, + O, —> 2SO
2®) 3(®)

2(g)

so,, + H,0, ——>H,SO

2°7(0) 4(aq)

SO, from fossil fuels is oxidized to SO, which then reacts with, water to form sulphuric
acid.

2NO, + O —> 2NO

2(2) 2(2)
Nitrogen oxide reacts with water to produce nitric acid-and nitrous acid.

3NO,, +H,0, —> 2HNO,  + NO

147 GREENHOUSE EFFECT AND.GLOBAL WARMING

Global warming refers to the long-term-rise-in the Earth’s average surface temperature
due to human activities, primarily the emission of greenhouse gases (GHGs) released by
burning fossil fuels. The progressive-warming-up, of the earth’s surface due to blanketing
effect of greenhouse gases in the atmesphere.is-called the greenhouse effect.

(aq)

Greenhouse gases

Energy released R (trap heat)

% N
back into space 4 1ANS o

s, MNO,
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It is a global scale problem of air pollution. Carbon dioxide and water vapour in the
atmosphere transmit short wavelength solar radiations but reflect back the longer
wavelength heat radiation coming from warmed surface of the earth.

The greenhouse effect is a phenomenon which is based on the gases to absorb infra-
red radiations. In the day, heat from the sun (in the form of infrared) passes through the
atmosphere heating up the earth. At night, the earth radiate heat to the outer space. Some
atmospheric gases trap the heat from the sun, thus, preventing the loss of heat. Higher
the concentration of carbon dioxide gas and other gases, greater will be the absorption of
thermal radiations and greater will be the increase of global temperature.

Quick Check 14.3 -

a) Differentiate classical and photochemical smog.

b) Name greenhouse gases (GHGs). How do these gases cause global warming?

¢) Write a balanced equation, including the formation of sulfuric acid from atmospheric sulfur
trioxide, SO,.

d) How HNO, is formed from NO in the atmosphere?

14.8 AIR QUALITY

Air quality is measured in terms of Air Quality Index. (AQI). AQI is a measure of the
concentrations of pollutants present in the air‘at a particular location. When the air quality
is good, the air is clear and contains only small amount of solid particles and chemical
pollutants. Poor air quality, which contain high level is often hazy and dangerous to health
and the environment.

Air having an AQI value under 50 is considered good in quality. This means, it is safe
for you to spend time outdeor without posing a risk to your health. An AQI over 300
is considered hazardous. Children under 18, adult over 65, people with chronic heart,
and lung diseases are under high-risk. Outdoor workers are at higher risk because of the
prolonged exposure.

14.8.1 Factogs)Affecting Air Quality

Air quality.is influenced by several key factors or sources.

i) Emission sources

Burning of wood and fossil fuels can increase local pollution level. Factories and power
plants use fossil fuels that release dangerous pollutants in air like SO_and NO,. Vehicles
release CO, PM and VOCs.

i) Meteorological conditions

Wind, temperature, and humidity affect pollutant dispersion and concentration. A layer of
warm air trapping pollutants near the ground can lead to poor air quality.

=




iv) Natural events

Wild fires can release large amounts of smoke and PM into the atmosphere. Natural dust
storms can significantly lower air quality.

v) Seasonal changes

Temperature variations, such as heating or cooling of buildings in different seasons can increase
emissions of pollutants. Seasonal pollen concentration can contribute to poor air quality.
Table 14.2 AQI and level of health concern

Air Quality Index (AQI) Values Levels of Health Concern Colour

5110 100 Moderme |vollow |

151 to 200 Unbhealthy Red
201 to 300 Very Unhealthy Purple
301 to 500 Hazardous Maroon

14.9 AIR QUALITY AND HUMAN HEALTH

The link between air quality and human.health is well-documented and significant. Poor
air quality can have immediate and long-term health-impacts.

14.9.1 Major Air Pollutants and their Health Effects
i) Particulate matter (PM)

Particular matter (PM) consists of tiny.particles suspended in the air, including dust, dirt,
soot and smoke ranging from diameter of 2.5 micrometer to 10.0 micrometer. Inhalation
of these particulate matter (PM) can cause inflammation and irritation of airways, leading
to conditions such as.asthma and bronchitis.

ii) Nitrogen diexide (NO,) and sulphur dioxide (SO,)

The short-term €xposures of NO, and SO, can irritate the respiratory system, while long-
term exposure can increase the risk of respiratory infection, asthma and bronchitis.

14.10 AIR POLLUTION AND HEALTH RISK

Air pollution poses significant health risks to humans. The potential health effects can be
acute or chronic and vary depending on the type and concentration of pollutants, duration
of exposure and individual’s weakness.

14.10.1 Main Health Risks Associated with Air Pollutions

i) Respiratory diseases

Air pollutants such as ozone, particular matters (PM) and nitrogen dioxide (NO,) can
increase asthma symptoms and trigger asthma attack.
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Long term exposure may lead to chronic cough and respiratory infections like pneumonia.

ii) Cardiovascular diseases

Exposure to particulate matter and other pollutants can increase the risk of heart attack by
causing inflammation, blood vessel damage, high blood pressure and finally heart stroke.

iii) Cancer

Prolonged exposure to certain air pollutants especially particulate matter (PM) and
carcinogenic compounds (benzene formation) cause lung cancer.

iv) Reproductive and developmental effects

Exposure to air pollution may negatively impact reproductive health.and fertility in both
man and women. Premature birth and developmental problems in.children may occur.

Quick Check 14.4 P it
a) Explain the impact of particulate matter (PM) on the air quality.
b) What is AQI? How does it measure air quality?
¢) What are different levels of AQI? Mention the safest and the most hazardous ranges of AQIL.

14.11 METHODS & TECHNIQUES TO MEASURE &
MONITOR AIR QUALITY

Measuring and monitoring air quality involves a combination of methods and techniques
to assess the concentration of various pollutants in the air. These pollutants can include
particulates matter (PM), nitrogen dioxides)(NO,), sulphur dioxide (SO,), carbon monoxide
(CO), ozone (O,) and volatile organic-eompounds (VOCs). There are various methods and
techniques used by environmental engineers to measure air quality accurately.

The instrument used to measure air quality index (AQI) is nephelometer. This is an
instrument used.tosmonitor PM such as dust, smoke, mist and fumes. Nephelometer, also
known as photometer, detects particles by measuring the total amount of light they scatter.

14.11.1 ~Direct Measurement Methods

i) Continuous emission monitoring system (cems)

Continuous emission monitoring system (CEMS) can usually monitor gas like CO, O,,
SO,, NO,, VOCs and PM at industrial sites .

ii) Air quality monitoring stations (aqms)

Fixed monitoring stations are equipped with various sensors and analyzers to measure
pollutant level in real time located in urban areas and industrial zones.

iii) Remote sensing techniques

Satellites equipped with sensors can measure atmospheric pollutants over large areas,
providing valuable data on regional and global air quality.




14.12 EXPERIMENTS AND DATA COLLECTION TO
TEST HYPOTHESIS ABOUT AIR QUALITY

The design of experiments to test hypothesis about air quality involves careful planning,
data collection and analysis. Following steps should be done about the air quality.

i) Hypothesis

As a first step, a hypothesis is developed to design an experiment. For example, the
hypothesis, “The concentration of airborne particulate matter (PM 2.5) and nitrogen
dioxide (NO,) in urban areas is higher during peak traffic hours as compared to non-peak
hours” can be tested by collecting air quality data at different times of the day.

ii) Designing the experiment

The detail of the experiment including the variables and method of data collection is
planned. Busy roads sites and residential areas are selected for-monitoring.

iii) Data collection

The data on traffic volume during rush hours and nen-rush hours is collected and finally
compared. The reliable instruments and methods‘to collect air quality data are used.

14.13 ANALYZE DATA AND'/INTERPRET AIR QUALITY

The collected data is analyzed to confirm the truth-or falseness of the hypothesis. The
results of the analysis are interpreted and concluded. Analyzing and interpreting air quality
data involves measuring contents of air pollutants and identifying trends over time. By
carefully designing experiments, collecting and analyzing data, a hypothesis about air
quality can be tested and the strategies for improving air quality can be made.

14.14 STRATEGIES USED TO REDUCE AIR POLLUTION

A variety of technologies is used to reduce air pollution and improve air quality. The
following types‘of technologies can be used to control emission of air pollutants.

i) Catalytic.converter (CC)

Oxides of nitrogen and other undesirable gases such as CO and various unburnt hydrocarbon
are emitted by the vehicle engines. The most cars are equipped with catalytic convertors
to convert the harmful pollutants to harmless substances. CO is oxidized to CO,. NO, are
reduced to N,. The unburnt hydrocarbon is converted to CO, and H,O.

ii) Diesel particulate filter (DPF)

Diesel particulate filter (DPF) is incorporated in modern diesel engines to reduce the
emission of harmful particulate matter (PM) from the exhaust gases. The primary function
of diesel particulate filter is to capture and store soot particles from the exhaust gases.




iii) Selective catalytic reduction (SCR)

SCR is used in diesel engines to remove pollutants from the emission gases. It reduces NO_
to N, and oxidizes CO and hydrocarbons to CO, and water vapour using catalysts, such as
TiO,, zeolites, etc.

JIi
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Figure 14.6 Selective Catalytic Reduction
iv) Scrubbers

Scrubbers can be used to control wide range of pollutants including PM, SO,, HCI, NH,
and VOCs. Scrubbers use liquids (e.g. H,0) to remove air pollutants.

14.15 LAWS AND REGULATIONS RELATED TO ATMOSPHERE
14.15.1 Laws and Regulations
Rules and regulations to control air pollution in Pakistan are given below:
i) Pakistan Environmental Protection Act (PEPA 1997)
i1) Natural Environmental Quality Standard (NEQS)
iii) Punjab Environmental Protection (Amendment) Act 2012
14.15.2 Measures tg Control Air Pollutions

i. Vehicle emission standard: Enforcement of this standard is to reduce pollution caused
by motor vehicles. The promotion of cleaner fuels such as compressed natural gas
(CNG); liquid petroleum gas (LPG) and strict regulations on fuel quality is required.

ii. Industrial emission control: To reduce emission from industrial resources, industries
should be encouraged to adopt cleaner production techniques and pollution control
technologies.

iii. Public awareness campaigns: Educating the public about the sources and effects of
air pollution is a useful strategy, such as the use of public transport, carpooling and
non-motorized transport such as cycling and walking.

iv. Urban planning and green infrastructure: Development of green belts and parks in
urban areas to improve air quality and to reduce traffic congestion.

v. Smog control measures: Restriction on the burning of crop residues, and should use
smog control towers.
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vi. Prohibition of the use of open fire: Using open fire to bulk domestic and industrial
waste can produce dust, smoke and significant amount of air pollutants. This should
be prohibited.

14.16 ECONOMIC, SOCIAL & POLITICAL ISSUES

Air pollution is responsible for huge economic costs, social and potential issues.

14.16.1 Economic Issues

Poor air quality can reduce worker productivity due to illness. Air pollution and air quality
can damage crops reducing agricultural yield and increasing food prices. Air pollution may
lead to acid rain.

14.16.2 Social Issues

Vulnerable populations, such as children, the elderly, and low-income communities are
chronic exposure to polluted air reduces the overall quality of'life. Severe air pollution can
force people to migrate leading to social displacement.

14.16.3 Political Issues

Air pollution is not confined to borders and effective management requires international
corporation. Implementing air quality regulations requiresstrict governance. Addressing air
pollution requires a multi-faceted approach, balancing socio-economic, and technological
considerations.

EXERCISE

N

MULTIPLE CHOICE QUESTIONS
Q.1 Four cligices are given for each question. Select the correct choice.
I. Which gas causes yellow color in photochemical smog?

a) CO b) SO,

c) NO, d) SO,

II. The depletion of ozone in stratosphere region is mainly due to the reaction of O,
with:

a) CO, b) SO,
c) O, d) CFCs

II1. Which particulate matter size is considered the most harmful to human health?
a) PM 10.0 b) PM 5.0

¢) PM2.5 d) PM 1.0




Iv.

VL

Which of the following is a natural factor that can improve air quality?
a) Wildfire b) Urbanization
c) Rainfall d) Industrial emission

What is a common human activity that led to increased level of carbon monoxide
in the atmosphere?

a) Tree planting b) Gasoline driven vehicles
¢) Using electric appliances d) Solar panel installation
Chlorofluorocarbons (CFCs) have been primarily used in:
a) Fertilizers b) Refrigerants and aerosol propellants
¢) Pharmaceuticals d) Pesticides
VII. What are the primary chemical processes that removes:.carbon dioxide from the
atmosphere?
a) Combustion b) Photosynthesis
¢) Respiration d) Volcanic activity

VIII. AnAQI value between 51 and 100 typically indicates which level of air quality?

IX

XI.

a) Good b): Moderate
c) Unbhealthy d) Fatal
. Acid rain is primarily caused by the release of which of the following gases into

the atmosphere?
a) CO:zand CH4 b) SO:and NOx
c¢) CFCs and halons d) Osand CO

In the presence of sunlight and nitrogen oxides (NO ), VOCs can contribute to the
formation of:

a) Acid rain b) Ozone depletion
c) Photochemical smog d) Greenhouse gases

Primary pollutants like nitrogen oxides (NOx ) and volatile organic compounds
(VOCs) reactin the presence of sunlight to form a key component of photochemical
smog, which is a:

a) Primary pollutant. b) Secondary pollutant.

c) Naturally occurring atmospheric gas. d) Harmless byproduct of combustion.

SHORT ANSWER QUESTIONS

Q.2 Attempt the following short-answer questions:

a.

Identify and briefly explain three major natural sources of air pollutants.
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b. How can deforestation impact air quality?

c¢. Explain the reasons for the temperature trends observed in the troposphere and the
stratosphere.

d. Describe four significant anthropogenic (human-caused) activities that contribute to
the deterioration of air quality. For each activity, name at least one major pollutant
released.

What are the environmental impacts of persistent organic pollutants (POPs)?
How does polycyclic aromatic hydrocarbon (PAHs) affect human health?

What is photochemical smog? Under what conditions, it forms?

oo oo

What type of data do air quality index (AQI) system provide?

Distinguish between PM  and PM, ., specifying the size ranges and describing why
PM, . is generally considered more harmful to human health.

|t
.

j-  What are the main chemical processes involved in the:formation of acid rain?
k. What are the specific measures to control smog?
l. How does a catalytic converter reduce harmful vehicle emissions?

m. Describe the sources of lead and mercury/pollution.

DESCRIPTIVE QUESTIONS

Q.3 Discuss sources and effects of following air pollutants on environment:
i) Heavy metals i1) VOCs iii) PAHs iv) POPs

Q.4 Write short notes on the following:
i) CFCs and ozone layer -depletion
i1) Greenhouse effect'and global warming

Q.5 How the fossil“fuel burning causes acid rain? Discuss in detail with chemical
reactions.

Q.6 Whatis meant by air quality AQI? Describe the factors affecting the air quality.
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After studying this chapter, students will be able to:

e Define important terms associated with creating chemical solutions: Solvent; Solute, Solution,
Residue and Filtrate. (Knowledge)

e  Explain methods of separation and purification: (Understanding)
a) Filtration b) Crystallization
¢) Simple Distillation d) Fractional Distillation
e Identify substances and assess their purity using melting and boiling point information. (Application)

e  Suggest suitable separation and purification techniques given information about the substances
involved and their usage in daily life. (Application)

e  Describe how paper chromatography is usedto separate mixtures of soluble substances using suitable
solvent. (Understanding)

e Describe use of locating agents when separating mixtures containing colorless substances.
(Understanding)

e Interpret simple chromatograms:to identify unknown substances by comparison with known
substances pure and impure substances. (Application)

e State and use for R. (Knowledge)

Analytical chemistry is the science of chemical characterization. A complete chemical
characterization’'of a compound must include both qualitative and quantitative analyses. In
qualitative analysis, the chemist is concerned with the detection or identification of the
elements present in a compound, whereas in quantitative analysis, the relative amounts
of elements in compounds are determined.

A complete quantitative determination generally consists of four major steps:
1. Obtaining a sample for analysis

2. Separation of the desired constituent

3. Measurement, and calculation of results

4. Drawing conclusion from the analysis.

In this chapter, some basic separation techniques are discussed here to practice in the lab.




15.1 METHODS OF SEPARATION OF MIXTURES

The components of a mixture can be separated by any of the following physical methods.

1. Filtration 2. Crystallization
3. Simple distillation 4. Fractional distillation
5. Paper Chromatography o
7N
N A
15.1.1 Filtration =T N

This process is used to separate one of the components YU N

of a two-component heterogeneous mixture from a "’"%ﬂj /
solution. The first step is to select a suitable solvent \

in which one of the components dissolves completely ——
while the other remains practically insoluble.

For example, let us take a mixture of common salt — =
and sand. Dissolve this mixture in distilled water. The
common salt will distribute itself throughout water
to give a homogeneous mixture. This homogenous
mixture is called a solution of common salt in water.

Figure 15.1 The process of filtration
Common salt in this solution is called.a solute while

water is called a solvent. In a solution; the solventiis that component which is present
in excess as compared to the solute. While common salt disappears in water, the other
component, sand remains undissolved and after some time settles down at the bottom of
solution.

The process of filtration is‘used to.separate sand from the above solution. It can be
performed with several types of filter media. Nature of the precipitate and other factors
dictate which filter medium must be used. The most convenient ways of filtration are
either through a filterpaper or through a filter crucible.

a) By using Filter Paper
Folding of filter paper is important and is done in two ways:

1. Filtration by a glass funnel and filter paper is usually a slow process. As the mixture
is poured onto the filter paper, the solvent (water) passes through leaving behind
the suspended particles on the filter paper. Filter papers are available in a variety of
porosites (pore sizes). Which pore size is to be used, depends upon the size of particles
in the precipitate. The filter paper should be large enough so that it is one-fourth to
one-half full of precipitate at the end of filtration. In this way, the filtrate runs down the
side of beaker without splashing. A complete filtration assembly is shown in Figure
15.1.
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First fold Second fold Forming the cone

Fig 15.2 a Folding of filter paper

The folded filter paper may then be inserted into 60-degree funnel, moistened with water
and firmly pressed down.

2. The rate of filtration through conical funnel can be considerably increased using a
Fluted Filter Paper, for preparation of such a paper ordinary filter paper is folded
in such a way that a fan like arrangement with alternate elevations and depressions at
various folds is obtained Fig (15.2 b).

— —

Fold inalf Fold in half again

e
4
4
Open filter cone This is the Fold to crease the Fold to crease the quarter
“accordion” shape eight section section

Fig 15.2 b Fluted filter paper
After filtration, the liquid which is obtained in the conical flask underneath the funnel is
called the filtrate. The sand left behind on the funnel is called the residue.
b) By using Crucible

Another convenient way to filter a precipitate is by suction through a crucible. Two types
of crucibles are generally used:

1. Gooch crucible is made of porcelain having a perforated bottom which is covered
with paper pulp or a filter paper cut to its size as shown in Figure 15.3. Quick filtration
can be done by placing such crucible in a suction filtering apparatus. It is useful for the
filtration of precipitates, which need to be ignited at high temperature. Ifits perforations




are covered with asbestos mat, it may be used to filter solutions that may react with
paper e.g. concentrated HCl and KMnO, solutions.

Figure 15.3 Gooch crucible Fig 15.4 Sintered glass crucible

2. Sintered glass crucible is a glass crucible with a porous:glass disc sealed into the
bottom. It is very convenient to use because no preparationisneeded as with the Gooch
crucible as shown in Figure 15.4.

Quick Check 15.1 ‘\Y '

a) Name different filter media used in filtration.
b) What are the components of the filtration process?
¢) Differentiate gravity filtration and vacuum filtration.

d) Differentiate Gooch and Sintered glass crucible.

15.2 CRYSTALLIZATION

The basic principle of crystallization is-the fact that the solute should be soluble in a
suitable solvent at high temperature.and the excess amount of the solute is thrown out as
crystals when it is cooled. The process of crystallization involves the following steps.

15.2.1 Choice of aSolvent
An ideal solvent'should have the following features.

i. It should dissolve a large amount of the substance at its boiling point and only a small
amount.at the room temperature.

ii. It should not react chemically with the solute.

iii. It should either not dissolve the impurities or the impurities should not crystallize from
it along with the solute.

iv. On cooling, it should deposit well-formed crystals of the pure compound.

v. It should be inexpensive, safe to use and easily removable.
@§ Keep in Mind!

During crystallization, sometimes the crystals start to appear during the process of filtration. This result in

choking the filter paper or the funnel. To avoid this a hot water funnel may be used.
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The solvents which are mostly used for crystallization are, water, absolute ethanol,
chloroform, carbon tetrachloride and acetic acid.

If none of the solvents is found suitable for crystallization, a combination of two or more
miscible solvents may be employed. If the solvent is inflammable, then precaution should
be taken while heating the solution so that it does not catch fire. In such cases, water bath
is used for heating purpose.

15.2.2. Steps of crystallization

i. Prepare a saturated solution of the substance in a suitable solvent at the temperature of
the experiment.

ii. The insoluble impurities in the saturated solution are then removed by filtering the
hot saturated solution. This avoids the premature crystallization of the solute on the
filter paper or in the funnel stem. If necessary, hot water funnel should be used for this
purpose.

iii. The hot filtered solution is then cooled at a moderate rate so that medium sized crystals
are formed.

%@ Keep in Mind!

Sometimes during the preparation of a crude substance, the ‘colouring matter or resinous products
affect the appearance of product. Such impurities‘are conveniently removed by boiling the substance
in the solvent with the sufficient quantity of finely powdered animal charcoal and then filtering the
hot solution. The coloured impurities are adsorbed by animal charcoal and the pure decolourized
substance crystallizes out from the filtrate on cooling.

iv. When the crystallization is complete, the mixture of crystals and the mother liquor is
filtered through a Goochicrucible using a vacuum pump.

v. The crystals may.be air-dried or dried in an oven. The crystals are dried in an oven
provided the substance does not melt or decompose on heating at 100° C.

Filter off excess

solid
\v Filter
paper
— — —
\ / e | S|
Transfer hot Crystals formed
Solution of Evaporating dish Evaporate to liquid to after leaving to cool
one solid, reduce volume of dish until solution is
and insoluble solution saturated

impurity

Figure 15.5 Different steps involved in crystallization




A safe and reliable method of drying crystals is through a vacuum desiccator. In this
process the crystals are spread over a watch glass and kept in a vacuum desiccator for
several hours. The drying agents used in a desiccator are CaCl,, silica gel or phosphorus
pentaoxide Figure 15.5.

Quick Check 15.2
a) What is the basic principle of crystallization?

b) How a suitable solvent is selected for the process of crystallization?

¢) Mention the important steps of crystallization.

15.3 SEPARATION THROUGH DISTILLATION

If a two-component mixture is a solution containing a solid compound dissolved in water
or in any other suitable solvent, then that mixture can be separated by simple distillation.
Sea water is not drinkable because it is a mixture of many soluble inorganic compounds in
water. To get rid of these compounds, sea water is distilled to make it drinkable.

The process of fractional distillation is another typ¢ ofidistillation used to separate two liquids
which are soluble or miscible with each other. For example, a mixture of water and ethyl alcohol
can be separated by heating the mixture in a distillation flask.

15.3.1 Distillation Process

1. Simple distillation

It is used to separate solvent from, solution. For example, take 100 cm? sea water. Set up
the apparatus as shown in thé Figure 15.6. Add a few pieces of boiling chips to prevent
bumping of the liquid in_the flask. Make whole apparatus air tight to prevent vapors to
escape.

Heat the flask gently-with the help of a Bunsen burner. Turn on the tap to allow cold water
to circulate slowly around the condenser. Water or alcohol will evaporate as its boiling
point is reached, and its vapours will pass through the condenser. The water circulating
around the condenser will condense these vapours back into the liquid form. This is called
distillate and it will be collected in the receiving flask. The components left behind in the
distillation flask are collectively called the residue.

2. Fractional distillation

Separating the two miscible liquids in this way is called fractional distillation. The process
of fractional distillation will be successful only if the difference in the boiling points of the
two liquids being separated, is around 25°C. The distillation column is a glass equipment
used in the distillation of mixture of liquids to separate it into its components depending
upon their boiling points. The distillation column is filled with glass beads to increase the
surface area available for condensing the vapour as shown in Figure 15.7.
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Thermometer f

. Cold water in
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»
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time

; . Distillate=e.
Figure. 15.6 Fractional distillation of 4 é h
gure. ractiona .IS 11ation o ___1‘ )

ethanol / water mixture . . )
Figure 15.7 Fractionahdistillation setup

For example, when a mixture of ethyl alcohol and water is heated first ethyl alcohol will be
distilled over because its boiling point is 78 °C less than that.of water whose boiling point
is 100 °C. As long as the alcohol is being distilled over,.the temperature of the thermometer
will remain at 78 °C. As soon as the temperature starts rising above 78 °C, replace the
receiving flask with a new one as shown in Figure 15.7.

Start heating again. When the temperature of the thermometer rises to 100 °C, water
will start boiling and is collected in the receiving flask. after condensation as the second
distillate. In this way both the components will be obtained in pure form.

%@ Interesting Information!

Petroleum in natural form is a mixture'of many compounds which are commonly used as fuels. Example
of such fuels are petrol, diesel, kerosene oil and furnace oil. These components have boiling points not
very different from one another. These components are separated as fractions by fractional distillation
using a fractionating or distillation column:

a) What '@gifference between simple distillation and fractional distillation?
b) (h)z' &§m

154 CHROMATOGRAPHY

Chromatography is a method used primarily for the separation of a sample of mixture. It
involves the distribution of a solute (mixture) between a stationary phase and a mobile
phase. The stationary phase may be a solid or a liquid supported as a thin film on the
surface of an inert solid. The mobile phase flowing over the surface of the stationary phase
may be a gas or a liquid.

e daily-life applications of fractional filtration?

Chromatography in which the stationary phase is a solid, is classified as adsorption
chromatography. In this type, a substance leaves the mobile phase to become adsorbed
on the surface of the solid phase. Examples of adsorption chromatography are thin layer




chromatography (TLC) and column chromatography.

Chromatography in which the stationary phase is a liquid, is called partition
chromatography. In this type, the substances being separated are distributed throughout
both the stationary and mobile phases. Examples of partition chromatography are paper
chromatography and gas liquid chromatography.

15.4.1 Paper Chromatography

It is a type of partition chromatography. The entrapped water in cellulose fibers of paper
and mobile phase which passes over the

paper are immiscible, The mobile phase is . N U |
usually an organic liquid.

| Solvent
front

. —— Orange

Blue

. - Green

There are three common ways of carrying
out paper chromatography namely (i) Paper
(stationery

ascending (ii) descending (iii) radial / phase)
circular. Only the ascending type will be

Direction of Selvent flow
1

discussed here. In this technique, the | o A Red
- : mpl:)g ..
solvent travels upwards by capillary action.  puudite—5@ o
. . . Solyent |y separated
A solvent mixture, specially composed in  (mobile {5 into four
. phase) 3 X colours
accordance with the sample to be separated, Figure 15.8 Paper chromatagraphy

is poured into the chromatographic tank

Figure 15.8, Cover the tank to homogenize its inner atmosphere. Take about 20 cm strip
of Whatmann’s chromatographic paper No.l and draw on it a thin pencil line about
2.5 cm from one end. Spot a point; on the pencil line, with the sample mixture solution.
To facilitate identification of the.components

of the mixture, spots of the known compounds @ @

may also be placed alongside. t/ Water—
When ‘Fhe spots havg dried, suspend thg paper spol of indicator (8] + |
with clips so that the impregnated end dips into
. C

solvent mixture. to.a depth of 5-6 mm. Cover “hro%lggé%raphy
the tank. As the solvent front passes the spots,

: : o spot of indicator
the solutes: begin to move upward. Different B
components:of solute will move at different [ Water =y
rates. This separates the mixture. When the . )

ascending method descending method

solvent front has risen to about length of the . . .

. Figure 15.9 Ascending and descending paper
paper, remove the strip, mark the solvent front chromotography
with a pencil and allow the strip to dry.

15.4.2 Locating agents colorless substances.

Once the paper is dried, the pattern on the paper is called a chromatogram. The different
components of the mixture, if coloured, can visually be identified. If colourless, the
chromatogram has to be developed by chemical methods or physical techniques used to
identify the spots.
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A very convenient way of visualizing the colourless chromatogram is to see it under the
light of a UV lamp. The spots look coloured under UV light. Alternatively, a locating agent
like ninhydrin can be used to locate the spots. A locating agent is generally a chemical
that reacts with the colourless substances like amino acids to give coloured products that
are visible for inspection.

15.4.3 Use of Retardation Factor
Each component has a specific retardation factor called R, value. The R, value is given by:

R - Distance travelled by a component from the original spot

A

Distance travelled by solvent from the original spot

With reference to Figure 15.10 the chromatogram shows that the sample A contains both
components A and B. The R, values for B and C are given by:

- X _Yy
R (A)=—= R, (B)=— N 0
Paper chromatography is a convenient way of’checking if a 210 _@0__Y
substance formed in a chemical reaction is!pure or impure o ;X o N
using a suitable solvent in which the substance disselves. A " mixwe A B
pure substance produces one spot on the chromatogram while

an impure substance produces more than one spot. Figure 15.10 Chromatogram

A paper chromatogram can also be.used toidentify substances by comparing them with
known samples of pure substances: Two substances are likely to be identical have the same
R, values.

%@ Interesting-Information!

Whatmann filter paper which are used in paper chromatography are made from specially selected
cotton cellulose. Whatmann’s filter paper No. 1 is used for routine applications and it has medium
retention and medium flow rate. Its pore size is 11 pm.

15.4.4 Applications of Paper Chromatography

i. The techniques of chromatography are very useful in organic synthesis for separation,
isolation and purification of the products. They are equally important in qualitative and
quantitative analyses and for determination of the purity of a substance.

ii. Chromatography is very useful for identifying complicated chemicals such as dyes,

drugs and pesticides.




Quick Check 15.4

a) On which basis the components of a mixture are separated from one another in paper
chromatography?

b) What are the stationary and mobile phases in paper chromatography?

¢) How the purity of a substance is determined by using paper chromatography?

15.5 HOW TO CHECK THE PURITY OF THE PRODUCT?

Separate methods are applied to purify compounds if they exist in liquid or solid states
under normal conditions. Liquids are generally purified by distilling)them at normal
pressure or under vacuum. Purity of liquids can be checked by comparing their boiling
points with those mentioned in the literature.

Aspirin is prepared by reacting salicylic acid with an excess of acetic anhydride in the
presence of a few drops of concentrated H,SO,. Aspirin is'a very important analgesic and
antipyretic.

After the reaction is over, water is added in the reaction mixture to precipitate out aspirin.
The mixture is then filtered to get aspirin as a crude.product. It is then crystallized in water
as polar solvent.

i. Aspirin obtained in the above process OO Oxe-OM
may be mixed with the unreacted starting OH o—
material, salicylic acid. To check-whether the % \CH1
product is pure or impure, its. melting pointis H,PO,
determined. If the product.melts sharply, in SalicylicAcid Heat Acetyl Saleylc Acid

this case at exactly 136°C then the product is
considered as pure. If the product.shows a melting point which is not sharp rather it
melts within a range of temperature, it is considered as an impure product.

ii. Another way of assessing the purity of the product is to get the mixed melting point. In
such a case-the product is mixed with a pure sample of aspirin and the melting point is
then determined. If it still shows a sharp melting point then it is a pure product.

iii. Anotherway of checking the purity of aspirin is to run paper chromatography of this
sample along with the pure samples of both aspirin and salicylic acid and matching the
R. value.
f

Quick Check 15.5
a) How does melting point of a substance indicate its purity?

b) Which technique (filtration, crystallization and distillation) is suitable for the separation of
the following mixtures?

1) Petroleum and water ii) NaCl and NaNO,

iii) Activated charcoal and sodium chloride iv) Methanol, ethanol and propanol
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EXERCISE
MULTIPLE CHOICE QUESTIONS

Q.1  Four choices are given for each question. Select the correct choice.

I. After the crystals are formed, they are typically separated from the mother liquor

by:
a) Evaporation b) Decantation or filtration
¢) Sublimation d) Distillation

II. The comparative rates at which the solutes move in paper-chromatography
depend on:

a) Size of filter paper b) R, values of solutes
¢) Temperature d) Size of'the-chromatographic jar

II1. The method that can be used to separate two solid compounds with different
solubilities in a solvent is:

a) Distillation b) Isolation
¢) Crystallization d) Filtration

IV. It is suspected that a hand-written legal document has been changed by over
writing some crucial figures. Which technique you will use to check the inks used
at suspected places?

a) Distillation b) Chromatography
¢) Solvent Extraction d) Crystallization

V. In chromatography, the components of the mixture are separated based on:
a) Their molecular masses
b) The interaction of the components with stationary as well as mobile phases
c) Thetype of solvent used
d) The filter paper used

VI. The porous material used to separate the solid from the liquid during filtration
is called the:

a) Filtrate b) Residue
c) Filter medium d) Solvent

VII. The key difference between simple distillation and fractional distillation is the
presence of a:

a) Condenser with a larger surface area b) More powerful heat source

c) Fractionating column d) Vacuum pump




VIIL.The essential requirement for separating two liquids by simple distillation is
that their boiling points should differ by at least:

a) 5°C b) 10 °C
) 25°C d) 50°C

SHORT ANSWER QUESTIONS

Q.2  Attempt the following short-answer questions:
a. Why is there a need to crystallize a crude product?
What is the function of fluted filter paper?

-

What is the difference between a Gooch crucible and Sintered glass crucible?

2 o

What type of mixtures are filtered through a Gooch crucible?

e

What is function of fractionating column during fractional distillation?

b

What is the stationary phase in the paper chromatography?

g. What will happen during paper chromatography if the components of the mixture have
a comparable attraction for the stationary phase?

h. What is meant by the term “developing the chromatogram” in paper chromatography?
i. What is the basic principle of paper.chromatography?

j-  Why water is not generally used as a solvent in paper chromatography?

k. Differentiate between adsorption and partition chromatography.

I. How can you check the purity of a compound with the help of paper chromatography?

m. You have prepared a solid sample of glucosazone in the laboratory. How will you
proceed to check the purity of the sample?

DESCRIPTIVE QUESTIONS

Q.3 Differentiate simple distillation and fractional distillation in construction and
applications.

Q.4 Describe the criterion to choose the suitable solvent in the process of crystallization.

Q.5 What is the basic principle of paper chromatography? Give its three practical life
applications.
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After studying this chapter, students will be able to:

Identify the chemical hazards in the lab in the context of the experiment being conducted. (Knowledge)
Test that the equipment is working properly without any potential risk of injury before conducting
an experiment. (Knowledge)

Ensure that work space for conducting the experiment is not crowdedwwith apparatus as to be
hazardous. (Knowledge)

Ensure that safe distance space is kept at all times from other investigators who may handling lab
apparatus. (Knowledge)

Identify what bodily harm could occur from physical, chemical, biological and safety hazards in
context of the experiment being conducted. (Knowledge)

Recognize that it is always better to ask for help from the lab instructor when unaware of how to use
new apparatus. (Knowledge)

Identify the proper waste disposal system for chemicals-being used. (Knowledge)

Set up apparatus following instructions.given in written ot diagrammatic form. (Understanding)
Use apparatus to collect an appropriate,quantity of data. (Understanding)

Make observations including subtle differences in colour, solubility or quantity of materials.
(Understanding)

Make measurements using pipettes, burettes, measuring cylinders, thermometers, and other common
laboratory apparatus. (Undérstanding)

Decide how many tests'or observations to perform. (Understanding)

Identify where repeated readings or observations are appropriate. (Understanding)

Replicate readings or observations as necessary, including where an anomaly is suspected.
(Understanding)

Identify where confirmatory tests are appropriate and the nature of such tests. (Understanding)
Select reagents to distinguish between given ions. (Knowledge)

Carry out procedures using simple apparatus in situations where the method may not be familiar to
the candidate. (Application)

Describe acid base titration to include the use of a burette, volumetric pipette and suitable indicator.
(Understanding)

Describe how identify the end point of a titration using an indicator. (Understanding)

Describe tests to identify the anions: (a) CO,>, (b) CI-, Br'- and I'- (¢) NO,'«(d) SO,* (e) SO, >
(Understanding)

Describe tests using aqueous NaOH and aqueous NH, to identify the aqueous cations: (a) AP*(b)
NH,*(c) Ca?" (d) Cr** (e) Cu?" (f) Fe**(g) Fe** and (h) Zn?" (Understanding)




A chemistry laboratory is a chemist workshop. It is a place where a student is trained
to observe the physical and chemical characteristics of substances by following definite
procedures. Before starting the laboratory work, a student should get himself familiarized
with the layout of the laboratory and various fittings provided on the laboratory table as
well as the side shelves.

16.1. GENERAL INSTRUCTIONS TO THE STUDENTS

i.  Students are expected to conduct themselves in a responsible manner at all times in
the lab.

ii. They are advised not to work alone in the lab. Experiments should be performed in the
presence of lab instructor and other laboratory staff.

iii. Students should always wear lab coat and safety goggles while-working in the lab.
Girls must tie up their scarves and hair before start working in the lab.

iv. Determine the potential hazards related to any equipment or the experiment before
starting any work. Appropriate safety precautions must be observed.

v. There must not be any crowding in the lab and.students should stick to their work
places at a safe distance from each other.

vi. Don’t bring any food items in the lab. Never taste or;smell any compound or a gas.

vii. Any accident or breakage of glassware must be.reported to the incharge of the
laboratory immediately.

viii.  If you cannot handle an instrument or-an‘equipment properly then you must seek
help from the instructor.

ix. Do not pour chemicals down the drains and do not utilize the sewer for chemical waste
disposal.

x. Follow the warning sign displayed in the lab.

16.2 COMMON TYPES OF HAZARDS IN A LABORATORY

Most hazards which we might face while working in the laboratory fall into three categories,
physical,’chemical and biological hazards.

16.2.1 Physical Hazards

The most common physical hazards are slips and falls when working on wet floor. A
worker must take all types of precautions to avoid accidents related to physical hazards
such as slipping, pulling, falling etc.

A worker should wear cut-resistant gloves while handling the broken glassware to prevent
cuts, abrasions and skin damage. It should be mandatory for the laboratory staff to dispose
off broken glassware in special container to prevent injury.
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16.2.2 Chemical Hazards

A laboratory worker must use the chemicals according to the standard procedures keeping
in view the particular hazards and precautions required for the safe use.

Explasive Flammatde Comnpresaad Gas Conroshve

OSSP

Tawke Eﬂﬂmnmq'nl.lﬂ'

Figure 16.1 Pictogram of chefiieal hazards

16.2.3 Biological Hazards

The most common biological hazards are allergens, microbes including virus and bacteria.
These are transferred from animals, plants, water and air to human.

16.3 WASTE DISPOSALSYSTEM'FOR CHEMICALS

Chemical waste cannot be disposed off in bins or sewer system. Most chemical wastes
must be disposed off keepingin view the following rules and regulation of Environmental
Protection Agency (EPA):

1. Store chemical wastes in proper containers.

2. Label the chemical waste containers with the types of wastes, the date of waste and
place of origin.

3. These containers are then transferred to the allocated site where these are appropriately
treated to dispose them off.

4. Chemical treatment of wastes involves neutralization, precipitation, ion exchange,
oxidation or reduction.

16.4 FIRST AID IN LABORATORY

Every laboratory must have a first aid box. Common accidents and their first aid treatments
are given in the Table 16.1 below:




Table 16.1 Accidents and their First Aid treatment

Type of Accident First Aid Treatment
Cuts
i.  Minor cuts i. Remove the glass piece if any, apply a little methylated

ii.

Serious cuts

1i.

spirit or tincture iodine with a piece of cotton. Both act
as disinfectant.

Apply pressure on the cut for about 10 minutes to
stop bleeding. Consult a doctor.

Eye Injuries

1.

1.

iii.

Acid in the eye

Alkali in the eye

Foreign particle in the
eye

1i.

1il.

Wash thoroughly with water and) then with 1%
sodium bicarbonate solution.

Wash with water followed by 1% boric acid solution.

Do not rub the eyes. Remove the particle carefully
with soft handkerchief then wash with water.

) ) iv. Put a drop of olive oil in the eyes and keep them

iv. Soreness in the eye closed for sgmV e,

Burns

i. Burns with dry heat|i. Apply burnol or.mustard oil.

(flame, hot object) ii. Wash freely with-ice cold water. Then wash with a

ii. Acid burns saturated solution of sodium bicarbonate and again
with water.

. 1ii. Wash freely with water and then with 1% acetic

iii. Alkali burns acid solution and again with water, dry the skin and
apply the burnol.

iv. Bromine burns iv. Wash fully with 2% ammonia solution and apply
glycerin. Wipe off glycerin after sometime and
apply burnol.

Poisons

i. Poisons swallowed i. Spitimmediately, wash mouth with water repeatedly.

ii. Acid swallowed ii. Drink a lot of water or lime water or milk of

iii. Caustic alkalies | TABNCSIA:

swallowed iii. Drink a lot of water; drink a glass of lemon or
) orange juice.
iv. Salt of heavy metals | i )
iv. Take milk or white part of the egg.

swallowed.
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5 | Fire

i. Clothes catch fire i. Do not run. Wrap with blanket or with dry cotton

ii. Beaker containing cloth. Lie down on the floor.

inflammable liquid. ii. Cover the beaker with a duster or damp cloth. This
catches fire. will cut off the supply of oxygen.
iii. Spirit or oil catches iii. Throw a mixture of sand and sodium bicarbonate.
fire. Do not throw water. It will simply spread the fire.
iv. Electric parts catch iv. Switch off the electric supply immediately and
fire. throw sand. Do not throw water ‘in_such cases to

extinguish fire.

. \

Quick Check 16.1 NQ)
a) Mention common types of hazards. b) How chemical waste is disposed off?
¢) How H,SO, burn is treated in the lab? d) Whatare different types of burns?

16.5 ACID-BASE TITRATION

Volumetric analysis is used to find the concentrations of solutions by means of a technique
known as titration. In this technique a solution of unknown concentration is combined
slowly and carefully with a known volume of a standard solution until a colour change
shows the completion of the reaction. The substance which indicates the completion of
reaction by the change in its colour)is called an indicator. The moment at which the
indicator changes colour is called the end point. Either acidic or basic solution can be
taken in a burette with the other solution taken in a conical or a titration flask.

%@ Did you know?

Phenolphthalein solution is prepared by adding one gram of the indicator in 500 cm? of 50% ethanol. Use
only one to two-drops in 10 cm? of the solution to be titrated. The color change is from pink to colorless
as the pH decreases: The light pink color which marks the end point tends to fade gradually due to the
interference of atmospheric carbon dioxide which slowly dissolves in the solution.

Materials Required
Burette, pipette, funnel, conical flask, HCI solution, NaOH solution, phenolphthalein.

Procedure of Titration

i.  Rinse the pipette first with distilled water and then with the given NaOH solution.

ii.  Rinse the conical flask with distilled water only.

iii.  Pipette out 10 cm?® of NaOH solution into a conical flask.

iv. Add one to two drops of phenolphthalein indicator into it. The solution turns
pink.

v.  Rinse the burette first with distilled water and then with the given HCI solution.




vi.  Fix the burette on a clamp stand in an upright position.

vii. Fill it with the given HCl solution with the help of a funnel. Remove funnel from the
burette.

viii. Using the tap at the base of the burette, allow the acid to flow into a beaker to remove
any air bubble present in the nozzle.

ix. Note the burette reading as an initial reading using an anti-parallax card or a white
paper.

x.  During titration, place the conical flask on a white paper under the burette to see the
color change of the indicator clearly. Check that the burette does not leak.

xi.  Carry out a rough titration by adding hydrochloric acid solution from the burette drop
wise to the conical flask.

xii. The contents of the flask must be swirled for thorough mixing.

xiii. Keep on adding acid till the colour of solution becomes light-pink persistently. This
will be the end point of the reaction.

Again, note down the burette reading, this will be the final reading. The difference of final
and initial readings of burette will give the volume of the acid used.

EPA

Indekal-.
reading

Figure 16.2 Procedure of titration
Repeat thetitration to get accurate and concordant readings. Take at least three concordant
readings which agree with one another within 0.1 cm?.

Observations
Sr. No. Initial reading Final reading Volume of acid used (cm?)

(@ (b) (b-2)

Volume of HCI solution used = cm
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Chemical Equation

NaOH,, + HCI,,, ~ NaCl,,, + H,0,,

(aq) (aq)
Calculation

Find out the molarity of NaOH solution by using the following molarity equation:

Acid  Base
My, _ M),
M, = Molarity of acid solution n n,
V, = Volume of the acid used
n, = No. of moles of the acid in the balanced chemical equation

1
M, = Molarity of base solution

V, = Volume of base solution used

n, = No. of moles of the base in the balanced chemical equation

v oMK
2
n Vs
Molarity of the given base solution is M

a) Define indicator and endpoint in a ti atl!. & What is meant by concordant reading?
g%mn;g@K
16.6 TESTS FOR IDENTIFICATION OF ANIONS

a) Identification of carbonate COZ_; radical

c) How the volume of the titrant use

Experimeﬁv Observation Inference

Take about 2 g of solid Effervescence takes place | Carbonate (CO%*) is
carbonate sample in a clean during which a gas evolves | indicated.

test tuberand then add about | briskly, that turns lime
5 c¢m? of dilute HCI solution. | water turns milky.

Pass the gas evolved in the
above step through a solution
of lime water.

Reactions involved in the above steps

CO* +2H'

3ag) (aq)

- H,0,, +CO

2e)

Ca(OH), +CO, - CaCO, +H,0,

Lime water (white ppt)




(b) Identification of chloride (C1'"), Bromide (Br!") and Iodide (I'") radicals
Experiment Observation Inference

Take 2 g of solid sample in a test tube and | A thick white precip- | CI"! indicated.
add 5 cm? of distilled water to make the | itate is formed which
aqueous solution. Add a few drops of dil. | dissolves in aq.NH,.

HNO, solution to acidify the solution of
the salt, finally add about 5 cm® of aqueous

A thick cream-yellow | Br!- indicated.
precipitate is formed.

AgNO,.
A bright yellow I'- indicated.
precipitate is formed.
Reactions involved in the above tests @%@ Did yeitknow?
. _
Ag(aq) + Cl(aq) - AgCl(s) In the above tests for the detection of halide
white ppt ions, dilute nitric acid is added to prevent the
Ag(*aq) + Br(;q) RN AgBr(s) precipitation of carbonate ions along-with

cream yellow ppt halide ions.

Ay Tl = Agl,

bright yellow ppt

(aq

N LJ L/
feinahice  (wiiTE) sRoMIDE  (cream)| [iooiDe (veriow)

Figure 16.3 Observation of reactions of halide ions with AgNO,
¢) Identification of Nitrate (NO;’) radical

Experiment Observation Inference

Take 2 g of solid sample in a | A characteristic smell of | NO!" indicated.
clean test tube and dissolve it | NHs gas is felt near the
in 5 cm? distilled water. Add to | mouth of test tube. This
it 5 cm? of sodium hydroxide | gas turns red litmus paper
solution. Finally add 3 g of| blue.

powdered aluminium metal.
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Aluminium metal reduces nitrate ions to ‘ funws papen|
ammonium ions which then react with aqueous /ﬁ
NaOH to evolve ammonia gas. -

—LTEST SOLUTION |

3
—r-_, L BUNEEN BURNER |
g

=

R 1-
3INO, +8Al +50Hw + 18H,0,, — 3NH, +8[AIOH), |

(d) Identification of Sulphate ( SOi‘) radical

Experiment Observation Inference

Take 3 g of solid sample in | A heavy white precipitatcof SO? indicated
a clean test tube. Dissolve it | BaSO, is formed. 4
in 5 cm? of distilled water.
Acidify the solution with
a few drops of dil. HNO,
and then add 5 cm? barium
nitrate solution.

&5 Did you know?

Dilute nitric acid is added to destroy any carbonate
ions present in the solution as an impurity.

2- 2+
SO¥ +Bal, —> BaSO,

(aq) (s)
white ppt

Quick Check 16.3\'</

a) Distinguish'carbonate (CO,>) and bicarbonate (HCO,!") radicals.
b) What is ring test? Give equation for this test.
¢) Give names and formulas of some water insoluble sulphates.

16.7 TESTS FOR IDENTIFICATION OF BASIC RADICALS

a) Identification of Aluminium (AI**) radical

Take 4 g of solid sample in a clean test tube. Dissolve it in about 10 cm? distilled water.
Divide this solution into two parts for further tests.

Experiment Observation Inference

To one part, add about 5 | A white gelatinous | AI** indicated.
cm?® NaOH solution. precipitate is formed.




To the second part of | A white precipitate is|Al*" indicated
the above solution, add |formed.
a few drops of aqueous
ammonia.

AL’ + 30H"

(aq) (aq)

— AI(OH),

white ppt

b) Identification of Ammonium (NH14+) radical

Experiment Observation Inference

Take 4 g of sample in a clean | Ammonia gas is evolved | NH'" indicated.
test tube. Dissolve itin 10 cm? | with a  distinct  smell.
distilled water. Add NaOH | Ammonia gas turns moist
solution and gently heat it. red litmus blue.

NH'" +OH"

4 (aq)

- NH%) +'H,0,,
¢) Identification of Calcium (Ca?") radical
Take 4 g solid sample in a clean test tube. Dissolve it'in. 10 cm? distilled water.

Make two parts of this solution for further tests.

Experiment Observation Inference
To one part, add NaOH | White precipitate is formed | Ca?" indicated.
solution. which dees not dissolve in

excess 0f NaOH solution.

To the second part> of |Only a slight turbidity | Ca®" indicated.
the above solutien; add |appears or No precipitate
aqueous ammonia. is formed.

Ca2+

o T 2OH(‘aq) - Ca(OH)z(s)

white ppt
d) Identification of Chromium radical (Cr3*)

Add 4 g sample in a clean test tube. Dissolve it in 10 cm? distilled water. Make two parts
of the above solution for further tests.

Experiment Observation Inference

To one part, add NaOH | A green precipitate appears | Cr3" indicated.
solution. which turns into green
solution when excess of
NaOH is added
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To the second part of|Green precipitate appears | Cr’* indicated.
the above solution, add | whichisinsolubleinexcess
aqueous ammonia. of aqueous ammonia.

Cr’ +30H,

(aq) (aq)

— Cr(OH),

Green ppt

e) Identification of copper radical (Cu®*)

Add 4g solid sample in a clean test tube. Dissolve it in 10cm? of distilled water. Make two
parts of the above solution for further tests.

Experiment Observation In(e&ce
To first part, add NaOH | Light-blue precipitate is | Cu?* indicated.
solution. formed.

To the second part of|Deep blue solution is|Cu?'lindicated.
the above solution, add |formed.
aqueous ammonia.

2+
Cuy

+ 20H

(aq)

- Cu(OH)Z(_)
Blueppt
f) Identification of iron (II) radical (Fe*")

Take 4 g sample in a clean test tube: Dissolve it in-10 ¢cm? of distilled water. Make two
portions of the solution for further tests.

Experiment A\(Sbsiv,a\}(fn Inference
To one portion, add NaOH | Green preéipitate is formed | Fe?" indicated.
solution. which'is turned into orange
brown precipitate after
some time.
To second portion of | White gelatinous Fe?" indicated.
the above  sOlution, add | precipitate of Fe(OH),
aqueous amimonia. is formed which quickly

oxidizes to form red
brown precipitate of
Fe(OH),.

2+
Feqy

+ 20H.

(aq)

— Fe(OH),

Green ppt

g) Identification of Fe(III) radical (Fe**)

Take 2 g FeCl, in a clean test tube. Dissolve it in 10 cm® of distilled water. Make two
portions of the solution for further tests.




Experiment

Observation

Inference

To one portion, add NaOH
solution.

Orange brown precipitate
is formed.

Fe3* indicated.

To the second portion of
the above solution, add
aqueous ammonia.

Orange brown precipitate
is formed.

Fe3* indicated.

3+ -
Fey, +30H,

— Fe(OH)%

Orange brown ppt

h) Identification of Zinc radical (Zn?")

Take 4 g solid sample in a clean test tube. Dissolve it in 10 cm? of distilled water. Make

two portions of the above solution for further tests.

Experiment

Observation

‘:\.\"v Inference

To one portion add NaOH
solution.

White precipitate is formed
which is soluble in excess
of NaOH solution.

Zn%" indicated.

To second portion add
aqueous ammonia.

White precipitate is formed
which dissolves in; excess
of ammonias

Zn%" indicated.

Quick Check 16.4

-

a) What is lake test? Give-equation.
¢) How will you distinguish ferrous (Fe>") and ferric (Fe*") radicals?
d) What happens-when aq. NH, is added to Cu?" solution in limited and excess quantities?

2+ -
Znj f+ 20H

A A

— Zn(OH),

white ppt

b) How ammonium ion is indicated?
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EXERCISE
MULTIPLE CHOICE QUESTIONS

Q.1  Four choices are given for each question. Select the correct choice.

I. While taking a reading with a burette, why it is always advisable to read the
lower meniscus for the colorless liquids and the upper meniscus for the coloured
liquids?

a) because it is more convenient

b) because colorless liquids have more surface tension than colored;liquids
c) because lower meniscus does not exist for colored liquids

d) because of the parallax effect

II. Why phenolphthalein indicator is more appropriate to use during the titrations
which involve a strong acid and a strong base?

a) because it is itself weakly acidic

b) because the pH at the equivalence pointas.well as the pH over where the colour of
phenolphthalein changes match each-other.

c) because the solution at the end of'titration is acidic.

d) because the solution at the end of'titration is basic.

II1. Which cation gives a white gelatinous: precipitate upon the addition of aqueous

ammonia?
a) Cr’* b) Cr?*
c) Zn®" d) A"

IV. Addition of NH,OH to an aqueous solution of a cation gives a green precipitate
which turns brown upon standing. Which basic radical is indicated?

a) Cu?* b) Cr3*
c) Fet d) Fe**

V. On dry heating test for salt analysis, the evolution of a colorless, odorless gas that
turns lime water milky suggests the presence of:

a) Chloride ion (CI") b) Sulfate ion (SO,>)
¢) Carbonate ion (CO32’) d) Nitrate ion (NO,")

VI. The chromyl chloride test is a specific confirmatory test for:
a) Bromide ions (Br") b) lodide ions (I")

¢) Chloride ions (CI") d) Sulfate ions (SO,*)




VII. The brown ring test is a confirmatory test for which acid radical?
a) Chloride (CI") b) Nitrate (NO,")
c¢) Sulfate (SO,%) d) Carbonate (CO,>")

SHORT ANSWER QUESTIONS

Q.2  Attempt the following short-answer questions:
a. For which type of titration, methyl orange is used as an indicator?

b. Explain why phenolphthalein is a suitable indicator for the titration of a weak acid with
a strong base but not for the titration of a strong acid with a weak base-

c¢. Explain why different indicators change color over different pH ranges.

d. It is always advisable to use dilute solutions while performing experiments in
volumetric analysis? Give a reason.

e. White precipitates are formed when Ca?*, AI** and Zn?* allreact separately with NaOH
solution. How will you detect which basic radical is present?

How Fe?* can be distinguished from Fe** chemically?

Why does Ca’?* not give precipitate with aqueous ammonia?

oo

How will you find out the concentration-of acetic.acid in vinegar solution?

| td
.

What precautions you need to observe while diluting a concentrated acid?

Why does an aqueous solution of\Na,CO, behave like a base?

Qo o
.

k. If an aqueous solution of NaOH is kept in an open container, what changes do you
expect to take place with the passage of time?

DESCRIPTIVE QUESTIONS

Q.3 Describe common types of the Chemistry lab hazards with two examples in each
case.

Q.4 What are.common accidents in the Chemistry lab? How they  are managed in first
aid treatment.

Q.5 How the following acid radicals are indicated and confirmed in salt analysis:
i)CO> i) CI iii) NO,”  iv) SO*
Q.6 How the following basic radicals are indicated and confirmed in salt analysis:

iy Cu2*  iH)APY i) Fe¥*  iv) Zn2*
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