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Introduction : lonic and covalent compounds in aqueous
solutions generally undergo irreversible reactions such as
precipitation, acid-base neutralizations and redox reaqtigr_lhs;:
In different modern chemical industries, different essential
pharmaceutical products, chemical fertilizers, intecticides,
textile -dyes, building-materials and different polymer
substances from covalent solid, liquid and gaseous
substances are produced by reaversible synthesis,
decomposition reactions. or replacement reactions in
organic solvents together with use of heavy metal
catalysts. Of these industries, some harmful and poisonous
solvents, bye -products, some reactants and metallic
catalysts can do dangerous harms to environment when

Chapter-4

Chemical Changes

Key words : Green
chemistry, rate of reaction,
activation energy, catalyst,
enzyme, reaction equilibrium,
active-mass. equilibrium
constant, ionic product of
water, dissociation constants
of acids and bases, pH of a
solution, buffer solution,
internal energy, enthalpy,
heat of neutralization, heat
of formation, heat of
reaction, heat of solution,
bond-energy.

those chemical substances are discharged as wastes in air and land. It is unlikely that all
chemical processes will ever be completely benign, but awareness of the environmental
problems, caused by chemical industries, has grown dramatically in recent years, giving rise to
a movement called 'green chemistry'.

Volume

A) N, O, and (B) Volume decreases (C) Net reaction
(NI?l_a, ;“223 s with increase of in equilibrium
. in equilibrium pressure reactants procice
no equilibrium products, decreases number
of molecules

After reading this chapter, Students will be able-

3. To evaluate the effect of changes of reaction
factors like temperature, pressure and
concentration of reactants on rate of reactions.

2. To describe the direction of reactions such as 4. To explain the mechanism of catalysts in

1. To explain the concept of green chemistry

relating to the occurance of reactions.

controlling rate of reactions with their proper
use in reactions.

reversible reactions and irreversible reactions.
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o

4. Practical : To prepare carbonate buffer

w

. To explain the equilibrium and dynamic nature

of equilibrium of reversible reactions solution with the explanation of buffer action

610 To explain the expected changes of equilibrium on adding a little amount of acid and alkali to it

g . ) : 2w separately.
in reversible reactions with the application of 1S. To explain the importance of pH of
Le-Chatelier's principle. blood in human body.
7. To explain the importance of Le-Chatelier's 16. To explain the role of pH in agriculture,
principie in the industrial productions. chemical industry, toiletries and in taking
8. To explain the law of mass action. edicine

S 17. To select proper cosmetics after measuring the
To deduce equilibrium constants K¢ and Kp H AOR . -
p™ of related cosmetics.

from the Law of mass action and can also 18. To explain the law of conservation of mass and

explain the relation between K¢ and Kp. energy together with thermal changes (like heat

10. To explain ionic product of water, acid of reaction, heat of change of states, heat of
dissociation constant, K, and base dissocition atomization, heat of solution, heat of
constant, Kp. neutralization).

11. To explain the strength of acids and bases with 19. To explain that “the heat of neutralization of

A kS trong acid and stron, is constant.’
respect to their dissociation constants K3 and pone ecid SHCHE D oAt

20. To calculate the heat of reaction by using bond

Kp.
b : energies.
12. To define and establish pH and pH scale of 21. To calculate the heat of reaction by the
different solutions.

application of Lavoisier and Laplace’s Law.

13. To explain buffer solutions and the mechanism 23 Ppractical : To determine the heat of solution

of buffer solutions. ; of oxalic acid calorimetrically.
4.1 Chemical Reactions and Green Chemistry

At present, modern chemistry has made our lives longer, safer and more comfortable than
they would otherwise be. The medicines for treatment of different diseases, chemical
fertilizers and insecticides for agriculture, textiles, dyes, adhesives, building materials, and
polymer substances that we use for construction are all the products of the different chemical
industries. But these better benefits have not come without a price. Many chemical processes
produce harmful and even hazardous wastes that must be dealt with. For example, reaction
solvents and many bye-products that might evaporate into the air or leach into groundwater,
if not disposed of properly. I

and-animal™ i

in furnaces are as follows :
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CH, (g) + 20, (g) — CO; (g) + 2H,0 (g)
Ci) +0; (g = CO;z(g)
S(¢s) +02 (g) — SO2(g)

You better know that the products like CO3 and SOg gases get mixed with air from the

furnace chimney as air pollutants.

It is unlikely that all chemical processes will ever be completely benign. but awareness of
the environmental problems caused by chemistry has grown in recent years, giving rise to a
movement called green chemistry.

Definition of Green Chemistry : Green chemistry is the design and implementation of
chemical process in different industries that reduce waste and minimize or eliminate the

generation of harmful and hazardous chemical substances towards environment.

The following twelve principles form the foundation of green chemistry’
(1) Prevent Waste. Chemical waste should be prevented rather than cleaned up after it
has been created.

(2) Minimize atom economy. Industrial processes should minimize the incorporation of
all reactant atoms into the final product to minimize left over wastes. For this, better chemical

process should be implemented.

(3) Use less hazardous processes. For this, methods of chemical synthesis should use
nontoxic reactants and generate nontoxic wastes. This type of synthetic method will make the
lives of industrial workers and surrounding environment free from danger.

(4) Design safer chemicals. Chemical products should be designed from the beginning
to have minimal toxicity.

(5) Use safer solvents. Industrial solvents and other auxiliary substances used in chemical
reactions should be safe and used sparingly.

(6) ﬂ@g@% energy ffficiency. Energy usage in chemical [;rocesses should be
minimized, with reactions carried out at room temperature if possible.

(7) Use renewable feedstoclgf. For the better chemical processes, raw materials should
come from renewable sources when feasible.

(8) Minimize.derivgtiv_gs. Industrial synthesis should be designed with minimal use of
protecting groups to avoid extra steps and to reduce wastes.

(9) Use catalysis. Reactions should be catalytic rather than stoichiometric.
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(10) Design for degradation. Industrial products should be designed to be
biodegradable at the end of their useful life times.

(11) Monitor pollution in real time. Chemical processes should be monitored in real
time during production of hazardous substances.

(12) Prevent accidents. Chemical substances and processes should minimize the
probability for fires, explosions, or other accidents.
+  The 12 principles of green chemistry would not all be met in most applications. But they
provide a goal to aim for and they can make chemists think more carefully about the
environmental implications of their work. A major focus of the academic, industrial and
government chemists who work in this new field is to develop methods that reduce or prevent
the release of harmful substances into the environment.

To fully evaluate alternative methods, several green chemistry principles are taken into
account, including the quantity of energy needed and the nature of the solvents required,

when these factors are similar, then the 'atom economy’ is considered.

The “atom economy' means the proportion of reactant atoms that end up in the desired
product. The atom economy is a useful criteria for choosing the more efficient synthetic
route. The efficiency of a synthesis is quantified in terms of the percent atom-economy :

no.of moles xmolar mass of desired product x 100
sum of no. of molesxmolar massfor all products

% atom economy =

Here an example of an industrial process that supports three principles of green chemistry
such as (i) prevent waste, (ii) maximize atom economy, and (iii) use less hazardous process, is

given for clear conception about green chemistry :

Production of Maleic Anhydride : Maleic anhydnde is a key mdustnal chemlcal used in

the manufacture of medicine,

Rou Be—CZ" () + 4,001
+
2CeHo()) +902(g) _ + 4C022(g)

benzene
" maleic anhydride (C4H,03)




Chemical Changes > 401

R —2:
oute B C/</O
2C4Hjq (g) +702(8) — ! (0 (1) + 8H,0 ()
butane o
H (0]
maleic anhydride (C4H203)

At present, in most of the: synthetlc processes ap plied i fferent chemi ustries, th
hlghest percentage of productions. lie. %ween&@&%& chce about 30% to 10% of
the reactants remain out of the desired products.

Let us compare the efficiency of these two routes maleic anhydride synthesis in terms of
percent atom economy (% AE):

no. of moles X molar mass of desired product x 100
sum of no.of moles X molar mass for all products

2 mol C4H,03 x 100
(2mol C4H,03 + 4mol H,O + 4mol COy)

3 2% 98.06g x 100
= (2x 98.06g + 4 18.02g+ 4 x 44.01g)

. 2mol C4H203 x 100
For Route-2, % AE = (2mol C4H,0; + 8mol H;0)

o 2x 98.06g x 100
T (2x98.06 g + 8 x 18.02g)

% AE =

For Route-1, % AE =

= 44.15%

= 57.63%

" Conclusion : Clearly, from the perspective of atom economy—

(i) Route-2 is preferable for production of maleic anhydride; because a larger percentage
of reactant atoms end up in the desired product maleic anhydride.

(ii) Route-2 is also a "greener" approach than route-1; because it avoids the use of the
toxic reactant benzene. :

(iii) Route-2 does not produce CO2 gas, that contributes to global warming. Hence route-
2 process is a better greener process. :

- Chemistry—First—51
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the use of (i) non-volatile organic solvents, (ii) nonaqueous ionic liquid solvents, (iii) solvent-
free and (iv) water based methods. With the implementation of these approaches, atmospheric
emissions and worker exposure are greatly reduced.

Now different polymers are produced from petroleum-based monomers such as ethylene
and substituted ethylene. Butigreen chemists are devising polymers basedson corniy sugarcane
and even Cz l;g\ggnut-shells . Before being embraced as a 'green’ technology, however, the total

: ; orung. and manufacturm

must bc assessedg

A ke \f

._[C_B'2017 Dl B 2017 CtoB 201_
i Syl B 7015]

4.2 Reaction Direction : Irreversible Reaction and Reversible Reaction.

In lower classes such as class nine and class ten, you have already known that the thermal
idecompos:tlonm stone or calcium carbonate in a closed reaction chamber is a@,ﬂ
ot CaCO; (s) == L~ a0 (s) +CO, (g) *
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According to some chemists all reactions are reversii:nle in proper conditions. But in
reality in some cases backward reaction is so slow in comparison to forward reaction that its
occurrence can not be proved. Such reactions are taken as irreversible reactions. Example :
Water is produced by the reaction of H; and O,. The reaction does not stop incomplete. It
proceeds till either O, gas or H, gas is fully consumed. It is an irreversible reaction.

2Hy(g) + Ox(8) —— 2H0 (@)

Moreover, when pure water is heated, water 'vapour is produced; no free O, gas or H; gas
can be detected in water vapour. So this reaction should be treated as irreversible at that
temperature. So according (o direction of reaction, all reactions are classified into two classes :

(i) irreversible reactions and (ii) reversible reactions. :

1. Irreversible reaction : When in a chemical reaction all the reactants are converted to
the products, or in other words the reaction proceeds in one direction, then the reaction is
called an irreversible reaction. In this type of reaction an arrow (—>) may be used in place
of equal sign (=).

Example : When potassium chlorate (KClOj3) is heated it dissociates into Potassufﬁ'!}
chloride KCI and O, gas. Conversely (KCI) and O, gas do not react mtheachothejf%*ie’
produce KCIO;. So it is an irreversible reaction: A0 .

2KClO3 (s) —A—) 2KClI (s) + 303(g)

Similarly when carbon burns in oxygen, the whole amount of carbon burns and CO, gas

is produced. It is an irreversible reaction
C(s) + Ox(g) i) CO;y(g)
2. Reversible reaction : When a chemical reaction proceeds both in forward and

backward dlrectlons. then the reaction is called reversible rcactmg

TSNS e

450°C .: C NYGQroger -- o
2HI(g) 4 Hyg)+L (g - (IO IR j..p,
So the above two reactions are reversible reactions.. Re\?efsibl‘e‘*ﬁa’éﬁqp??a@ d b

two oppositly half arrows (=). ; e _..,-e-j,.;;;?-)g y
Mg+ Ty A0S ZHIGE) o
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Some More Example of Reversible Change

1. Dissociation of ammonium chloride : When solid ammonium chloride (NH4C1) is
heated in a sealed container, then it dissociates into ammonia gas (NH3;) and hydrogen
chloride (HCI) gas. As the time passes, the amount of ammonia gas and hydrogen chloride
gas increases, so also the rate of the reverse reaction to produce NH4Cl also increases. After
certain time the rates of forward reaction and backward reaction become equal and
equilibrium is attained.

NH,CI(s) == NHs(g) + HCI (g)

2. Dehydration of hydrated copper sulphate : When blue vitriol or blue coloured
crystalline hydrated copper sulphate is heated to about 260°C, then white coloured powdered
anhydrous copper sulphate and steam are produced. When it is cooled, anhydrous copper
sulphate absorbs 5 molecules of water from the atmosphere and turns into blue coloured

hydrated copper sulphate again. It is also a reversible chemical change.
260°C

CuS04.5H20(s) CuS04(s) + SH20(g)
blue crystal white powder

eversible reaction 3/

(1) A reversible reaction can start from both sides

(2) Reversible reactions never complete i.e. hundred percent reactants are not converted
into products or products are not completely converted into prcviops reactants.

(3) Reversible reactions show tendency to come into an equiliBrium state.

(4) In the equation of a reversible reaction sign of équality (=) is replaced by two
opposite half arrows (=) sign.

(5) A reversible reaction will be in equilibrium state when rate of forward reaction
becomes equal to rate of backward reaction.

cally, all reac arelreversible. But in reality in some cases the backward
reaction is so slow in camparlson to forward reaction that its occurance can not be proved.
Such reactions are taken as irreversible.

4.2.1 Intercon'version of Reversible & Irreversible Reactions




Chemical Changes ‘405

(1) [For gascous productl: When the reactants are solid or liquid and one product is
gaseous, then this product can be easily removed from the reaction area and the reaction
becomes irreversible.

Example : The dissociation of calcium carbonate in a closed container is reversible. But
when the reaction is carried out in an open container, the reaction turns irreversible. Because

one product CO, is a gas and it escapes as soon as it is produced.
A
CaCO;(s) = Ca0(s) + COx(g) (in closed container)

CaCOs(s) i) CaO(s) + CO,(g) (in open container)

(2) Precipitation): When one product is precipitated from solution, the reaction becomes
irreversible. Because the precipitate is a solid state which is different from reaction medium
(solution).

Example : When barium chloride solution is added to sodium sulphate solution, then
barium sulphate precipitates out and is thus removed from the reaction area. Hence the
reaction becomes irreversible and proceeds to completion.

Na,S04(aq) + BaCly(aq) — 2NaCl(aq) + BaSOy(s)
the reaction, the reaction becomes irreversible.

Example : Ethanoic acid reacts with ethanol to produce ethyl ethanoate and water. If
conc. H,S0, is added to reaction mixture, it absorbs water; so backward reaction cannot take

: When one product is chemically removed from

place.

H,SO
CH,COOH(!) + C,HsOH(l) ——2°74 5 CH,CO0C,Hs (!) + Hy0()

HzSO4 D+ HzO(f) —) HzSO.q.HzO(f )
Again acidic hydrolysis of ethyl ethanoate, the products are ethanoic acid and ethyl

alcohol. If alkali NaOH is added to the reaction mixture then it reacts with ethanoic acid and
the backward reaction cannot take place. Then hydrolysis of ethyl ethanoate goes to

completion.

CH,CO0C,H(l) + H,00) S-HEL; cH,co0H) + CH;0H®)
CH5;COOH(/) + NaOH(aq) ——> CH;COO-Na (aq) + H0()

4.3 Rate of Reaction

The rate of a reaction means
the concentration of th
pate of reaction may be defined in terms of concer




406 Chemistry — First Paper

Definition : The rate of decrease of concentration of reactant or rate of increase of

concentration of product in unit time is called rate of a reaction.

RETSIGHFEAGHER = change in concentration of reactant or product
£ o = time needed for that change

Mathematical Expression : Let us consider a general reaction A — B. Let the

concentration of the reactant 'A' after time, 't' from the beginning of reaction be 'c' and after a
very small time 'dt' be (c — dc). So the change of concentration of reactant in time dt is

(c—=dc)—c=-dc.

—dc
Rate of the reaction = St

Again if the concentration of product '‘B' after time 't' be x and after (t + dt) be (x + dx),
then the change of concentration of 'B' in time 'dt' is (x + dx) — x = dx.

I dx
So the rate of reaction = e

—dc dx
.. Rate of reaction = ar S dt

Where ¢ = concentration of reactant A after time t;
X = concentration of product B after time t.

Unit of Rate of Reaction

it e ate Ofsenction = change of concentration of reactant or product
S time needed for this change

s concentration’s mollLi=1 g
of reaction = — =2 ='mol [-1"
S ction time second °l L

4.3. 1 The Rate Law or the Rate Equatlon

R e A

Rate of F _:'m%“‘hw of Mass. Acti(’n According to law of mass action, at a
constant temp. the rate of a reaction at any moment is directly proportional to each reactant
concentration term 'active-mass', with each term raised to the power of its stoichiometric
coefficient in the balanced equation. Here concentration term 'active-mass' means molar
concentration (molL ~!) for reactant solution and partial-pressure for gaseous reactant.

Here two general equations for reactions :

nA — Product aA + bB — Product

.. Rate of reaction o [A]" *. Rate of reaction o [A]2x [B]®

or, % = %ti= K % [A]" oove oo (1) I or, Rate of reaction = k X [A]2x [B]P ......(2)
Here equations (1) and (2) are general rate equations for reactions and k is a constant.
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Similarly, as per law of mass action for reaction like :
2A + B — C + 3D; [ve getrate of reaction = k X [A12x [B]

Exception : In many cases the rate cquationé of the reactions as per law of mass action
may not be same or similar to the rate equations of the reactions as per experimental observed
results. For example the rate equation of thermal dissociation of N;Os(g) deduced from
balanced equation and Law of mass action is not identical or same as the rate of reaction
deduced from experimental observation result.

* Balanced equation : 2N;05 (g) — 4NO; (g) + O3 ()

* From Law of mass action, rate of reaction = k X [N2O5]?

* From experimental result, rate of reaction = k X [N,0s5]

The Rate Law : From expeérimentall observation-result the relation between the rate oft
reactions and molar concentrations of one or more reactants of different reactions have been/
determined. This type of co-related equations are called the rate laws or the rate equations?

Example : Rate equation of reaction :
(D Hy®) +1;(8)  —=> 2HI(g) reaction rate = k x [Hz] X [15]
(2) 2N,0s (g) _A_.) 4NO,(g) + 02(g) reaction raté = k x [N;0s]

te =k X [NOJ2 X [Hy]

(3)2N0 (@) + 2HiEY [~ Nifp) + 2HO @

* Balanced general equation : aA + bB —> ¢C +dD

* From Law of mass action, rate of reaction, r = k X [A]* X [B]b.

* From Expt-Obsn, result, rate of reaction, r = k X [A]™ x [B]"

Here 'm' and 'n' are the power of molar concentration of reactant 'A* and ‘B respectively
as per experimental observation result. Here (m + n) value is called 'reaction-order.'

* Note that coefficients 'a', 'b' of balanced equation have no relation with reaction rate and
reaction order. -

Rate Constant of a Reaction : Suppose, a general equation of a reaction is :

aA + bB — cC + dD. If the power of molar concentration of A and B as per

experimental observation be m and n respectively; then according to rate law,

the rate of reaction (r) = k x [A]J™ x [B]™ here k is a constant.
._ rate of reaction (Ms~!)

[AJ™ x [B]" _
Now if concentration of each reactant is 1 molar, then [A] = [B] = 1 molL-!;
Hence rate of reaction =k x 1 X 1 =k; |

i.e. 'rate of reaction' becomes equal to 'rate constant of reaction'.
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Definition of Rate Constant : The rate of reaction of unit molar concentration of each.
reactant is called rate constant of that reaction. Rate constant is also called specific reaction

‘rate.

.
.

a particular temp. is constant. But with
change of temp. the value of rate constant also changes.
(2) At a particular temp. the value of rate constant (k) of different reactions are different.
"(3) If the value of rate constant is high then rate of that reaction is high or more and with

decrease of rate of reaction decreases the value of rate constant.
Followings are the similarities and dissimilarities between rate of reaction and rate

constant :

ite of Reaction Rate Constant 5
(1) The rate of increase of product per unit| (1) Rate constant of a reaction is the rate of

time is called its rate of reaction. reaction of unit molar concentration of

.. rate of reaction = 3—: each reactant.

5 T :
(2) Rate of reaction changes with change of (SRRAIERconctantiisfalso fchangediuith

temperature. change of temp.

(3) At constant temp. with change of
concentrations of reactants, rate of reaction
changes.

(4) Rate of reaction
concentration of each reactant.

depends on

(3) At constant temp. with change in
concentration of reactants, rate constant
does not change.

(4) Rate constant (k) does not depend on
concentration of reactants.

(5) Unit of reaction rate is molL-! s~! or, (5) Unit of rate constant depends on order

Ms-!; (For gaseous reaction, atm.s™!) of reaction as per rate law or, rate equation.

GraphicalElnation of Rate of Reaction :

WL Co r
reactant product
o ' \—

t8 When reaction occurs, the g dx
concentration of the reactant gradually decreases E ¢ i 4] 1 dt

and that of the product gradually increases. So if g '} o

the molar concentrations of reactant and product % c, L s == _dc

are plotted against time, a graph like Fig 4.1is & [ I dt
obtained. From the plotting curve of the reactant I 1 : . : VR
concentration versus time, it is seen that in time O £ 0 A

Fig. 4.1 : Change of molar concentration of

(t— t;) the concentration of the reactant is
reactant and product with time.

decreased by (c2— c1); here ¢; > Ca.
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. Rate of reaction = (‘(:tzz:tf)l) LT dc:c

Calculation of rate of reaction : If a tangent is drawn at any point on the graph, the slope

: . - —dc AT :
of that straight line will be equal to 0 which is the rate of reaction.

Similarly slope of a tangent drawn at a point on the curve for product will give the same

: : X
rate of reaction and is equat to g

. t f‘ t' —__‘.j_c—g
. rate or reaction = dt — dt

% From the graph it is seen that at the beginning, the rate of reaction is high and with
increase of time it decreases. So the rate of any reaction depends on time.

% In other-words the rate of a reaction is not constant or fixed; but rate of reaction
depends on change of molar concentration of the reactants against change of reaction-time.

Significance of negative sign : The negative sign in case of rate of reaction of reactants
means (i) the concentration of reactant decreases with increase of time of reaction.
(ii) Besides this, the rate of reaction can never be of the negative value. So the value of
rate of reaction makes positive by placing negative sign on right side of the equation of

rate of reaction.

For example, look at the thermal decomposition of gaseous dinitrogen pemoxide.(Nzos)

to produce the brown gas nitrogen dioxide (NO;), a common air pollutant, and molecular °

oxygen gas : :
A

2N;0s5 (g) —> 4NO, (g) + O, (g)

colourless brown colourless _
Changes in concentration as a function of time can be determined by measuring the
increase of pressure, as 2 moles gaseous reactant are converted to 5 moles gaseous products,
Alternately concentration changes can be monitored by measuring the intensity of the brown
colour due to NO, gas. Reactant and product concentrations as a function of time at 55°C are
listed in Table-4.1 below : _ :
Table-4.1 : Change of concentrations with time at 55°C for decomposition of N2Os

Time (s) | N20s (mol) | NO; (mol) | 0O, (mol) Comment |
0 0.020 . 0 0 Note that the concentratiéig e
100 0.0169 0.0063 0.0016 of NO, and O increase as|

200 0.0142 0.0115 0.0029 the concentration of N20s

300 0.0120 0.0160 0.0040 decreases. |

400 0:0101 0.0197 0.0049

500 0.0086 0.0229 0.0057

mistry—First—52
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The Reaction rate can be defined either as the increase in the concentration of a product
per unit time or as the decrease in the concentration of a reactant per unit time. Let us look
first at product formation. In the decomposition of N;Os, the rate of formation of O, gas is

given by the equation :

: tti — Conc. of O, at ti
s R A[gz] z Conc. of O, at time Rz_t(il')onc of O, at time t;

Where the square brackets surrounding O2 denote its molar concentration, A[O2] is the

change in the molar concentration of Oz2; At is the change in the time, and A [O2]/Al is the
average rate of change in the molar concentration of O, gas during the interval from time t;
to t;. During the time period 300 to 400 seconds, for example, the average rate of reaction of

formation of O, is 9x10-6 M/s:

Rate of formation of O; = AEgz] = 0'004f0h35:3%8340M =9x 106 M/s

Reaction Rate with different moles of Reactants and Products :
MCQ-4.3 : Initial concentration of

The general equation of this type of reaction is :

aA +bB—cC + dD

Here rate of reaction is expressed as follows :

‘ateactant is 0. IM"L,'l After 20s;’

0. OSML'1 what lS the rate of

if concentration of it becomes

'-_reactlon? it
Rate of reaction, r = — i ; Q%]= _%Q{[ﬁl (a) L5 x 10~2 ML~1 s-l._‘_
() 2.5% 10-3 mol L"ls‘1
= +l giCil adl dib (c) 2.05molL~1 s=1

Chldtiid i dt

(d) 2 .05 )( ]_0—2 mo]L—1~._ ‘

Example : Na(g) + 3Ha(g) — 2NHj3(g)
d[Na]
dti e g:

*. rate of reaction, r = —

Worked Example—4.1 : In reaction A—>B; initial concentration of A is 0.275 molL-L.

After starting reaction within 5 min 20 sec. concentration of A decreases to 0.125 molL-1. In

this period calculate rate of reaction.

5 . change in concentration of A
Solution : Average rate of reaction = time used for that change

—AA _ ([Aj-[A]D) _ (0.125-0.275) molL-! 35
Or, At = At 3208 =4.6875 x 10~4 molL-!s"!

-, Average rate of reaction = 4.6875 x 10-4 molL-! s-1.

Worked Example-4.2 : Finding relative rates of product formation :
Ethanol (C;HsOH), the active ingredient in alcoholic beverages and an octane booster in

gasoline, is produced by the fermentation of glucose. The balanced equation is :

¢ ime me e
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CeH 206 (aq) — 2C;H5OH (aq) + 2CO; (g)

(a) How is the rate of formation of éthanol related to the rate of consumption of glucose?

(b) Write this relationship in terms of A[C,;H;OHJ/At and A[CsH;,06)/At.

Strategy : To find relative rates, look at coefficients in balanced chemical equation.

Solution : According to given balanced equation of fermentation, 2 moles of ethanol are
produced from 1 mole of reactant glucose. Therefore , the rate of formation of ethanol is
twice the rate of consumption of reactant glucose. ;

(b) Since the rate of formation of ethﬁnol is A[C,HsOH]J/At and the rate of consumption
of glucose is —A[CGH ,O¢l/At (note the minus sign indicating decrease of reactant’s

concentration), we can write : & [Cob ORI 2I§0H] . -2X ole 121206]

Worked Example—4.3 : Nitrogen penta oxide dissociates into NO3 and O, gases :

2N20s (g) = 4NO; (g) + 02 (8)
If concentration of NO, increases to 3.0 X 10-3 molL-! in 6 sec, then what is rate of

reaction?

Solution : Rate of reaction = + 1 4 X [Ngﬂ Here [NO,] = 3 X 10-3molL-! At = 6 sec.

Ix 3.0 x 10-3 molL-!

= 1.25 x 10~ molL-1. s-1.

.. Rate of reaction =

4 x 6 sec
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is. the average rate of consumption of H+ ion durmg that same time mterval'? 2
| ! [Ans. 3 2 ! 10—4 MJs

_ ntrauon of NOg mcreases to 5 25 8 10"’ mol L‘“’ Wllhm 2 min 15 sec;
sath' rate of reaction of it? > s [Ans. 9. 7”2 X 10‘5 mol L-! s-l]
In acxdtc hydrolyszs of ethyl acetate (CHgCOOCgHs) the reactant
) falls from L. 0 mol L‘l to 0.5 mol L-' in 40 mmutes What is the reaction rate?
= [Ans. 2.08x 10~ mol L1 s-1]

. In S rrunutes, 0 1 molL-! HzO; solution dissociates to concentration 0. 08

1s its reactlon rate? = i [Ans. 3.33 X 10-5 molL-1 s~1.]
.On mixing a deﬁmte concentranon of Hy0; solution with KI solutlon,
5 is hberated m 5 mmutes What is the rate of this oxndanon reaction?
e AR S v s n ey [Ans. 3.33 x 10-5 molL-! s"]]
"In reacuon, Nz ( ) + BHz(g) == 2N'H3 (g), the concemratlon of product

Know More : In chemical kinetics, together with (i) rate of reaction, (ii) rate constant;

one more important term like (iii) order of reaction is closely associated. The unit of rate

constant depends on order of reaction. _ _
Definition of Order of Reaction : Order of reaction is the sum of the exponents (or

powers) to which molar concentration terms of the reactants are raised so as to that exponents

(powers) may be equal to ' experimental rate of the reaction.
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Calculation of order of reaction : Suppose a general equation of a reaction :
aA + bB — Product.

From experimental result, rate of reaction = k X [A]™ x [B]"

Taking (m + n) = x. So here order of the reaction = x.

(1) When, from'experimental result; X' ={0) then the reaction is called zero-order rea‘c_ti_o@
In zero order reaction, rate of reaction does not depend on concentration of reactan'tg_?

For example,

Hy(g) + Cly(g) —h?—?f 2HCI(g); [sunlight catalysed reaction]

Rate of reaction = k x [H]° x [Cl,]" = k.

Unit of k = molL-!. s-! (unit of reaction rate)

(2) When, from experimental result, x = I, then the reaction is called first order-rcacti’gi’
In Ist order reaction, rate of reaction depends on lst power of concentration of any one
reactant. For example.

ENE05@ —> 4NO; (@) + 0, (@)

- Rate of reaction = k X [N;05]!
unit of reaction rate _ Ms-!

< Unit of k = — oo or [NZOS] =M

m__%
m&kf FaRh - _', -

2NOy(g) — 2NO(g) + 02 (g); NO,(g) + CO(g) — NO(g) + COx(g)

2NOCI(g) — 2NO(g) + Clx(g)

= Rate of reaction = k x [Hp]! x [I]%;
unit of reaction rate M.s™!
= Tunitof [Hp] X (I,] = M? FMISE

(4) When, from expenmental result, x = 3, then the reaction is calledwthiﬁ

tants. For example.

2NO (g) + Cly(g) — 2NOCl(g)

. Rate of reaction = k x [NO]2 x [0,]};

unit of reaction rate  M.s~!
= unit of [NOJZX [0,]T = M3 = M2
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i) concentration of the reactagys

S ee— .
; - A"j G'E_.-.’,,_:_?,_:I’;A 4&_ g
s =

Mn fact, for many reactions near at room femperarc, an increase of 10°C causes a
doubling or tripling of the rate.

. By experiment it is found that the precipitation rate of sulphur in reaction between
sodium thiosulphate and HCI acid becomes double at 30°C to the rate of precipitation at

20°C. The rate of most reactions becomes approximately double with the rise of 10°C

temperature

Na;S,0; (aq) + 2HCI (ag) ——> S (s) + 2NaCl (aq) + SO; (g) + H,0 (I)

which have acquired atleast some definite higher energy than the average energy of the
molecules. This excess energy necessary for particular molecule to react is known as
activation energy.

The difference between the average energy of reactant molecules and the necessary
‘higher energy which a reactant molecule must possess to enable it to take part directly in a
reaction is known as activation energy of the reaction. The molecules which possess atleast
the amount of activation energy are called activated molecules.

In 1889, Swedish chemist Svante Arrhenius inroduced a mathematical equation co-

relating the above factors with rate of reaction as follows . It is known as Arrhenius equation
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k = P. Z. e-E,RT
2
rate steric  rate

A fraction of molecules with
constant factor collision

activated energy to react

Again P X Z combinely denoted by constant

A' called frequency factor or 'pre-exponential factor or Arrhenius factor,
then that equation will be :

k= A x - BRT |

Where, E, = activation energy of reactant, R = gas constant = 8.3JK-! mol-!, T = Kelvin
temp. In accord with the minus sign in the exponent, rate constant decreases as E; increases
and increases as T increases.
By taking exponential logarithm on both sides, we get:

E,
Ink=InA—ﬁ T
E
-
=

Ink =% x% B (Y (1)

This equation is related to linear equation,
y = mx + ¢, Here slope of the straight line,
m = - Ey/R, [fig: 4.2] 0,0 -1

Conclusions : From equation (1) it is seen that : Fig- 4.2 : Ink against 11

* (i) With the increase of temperature (T), the rate constant (k) of a reaction increases.
% (ii) With the decrease of activation energy (Ea), the rate constant increases,

* (iii) A graph In k against T-! will be a straight line. Its slop_e-is%

From slope, —5— R 2 the activation energy of a reaction can be calculated.

Again, when k, and k, are the rate constant of a reaction at temperature T; and T, we get

from equation (1):
ky __ﬂ (T2-T1)

In K X Tix e where T; > T ........... (2)
k E T,-T1
log T = ﬁ-ﬁ X -(-.ﬁ-.IT), where T2 > T ........... (3)

From the equation (3), it is seen that :

* (i) If the values of rate constant k; and k; are known at temp. T and T, then
activation energy, E, of that reaction can be calculated. :

s 0 e S
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% (ii) If the activation energy (E,) of a reaction and rate constant k; at T, are known,
then rate constant k, at any temp. T, can be calculated.

(B) Comparison of Reaction Rates at two different Temperatures :

Example : Suppose the activation energy of molecules of a reaction is 50 kJmol-!. Show
that the rate of reaction becomes double when temperature of the reaction increases from
300K (27°C) to 310 K (37°C).

Solution : According to Arrhenius equation, fraction of molecules with activated energy

50 kJmol-! = 50,000 J mol-! to react at 300 K temp. can be calculated as follows :
_E_RT = ¢~ 50000/8.3 x 300

e From question : E; = 50 kJ = 50 x 1000 J
19 = = e
= e-2008 = 1.90 X 10~ = 1o-T0 R =83 JK-! mol-!; T=300 K

That is at 300 K temp. only 19 molecules out of 10'% molecules get that activation energy
and can take part in reaction. Again at 310 K temp. fraction of molecules with activated
energy 50 kJ mol-! is as follows :

L = = g2 363
o—Ea/RT = ¢-50000/8.3 x 310 = ~19.48 = 3.63 x 10-9 =1p10

That is at 310 K temp. only 36 molecules out of 10'° molecules get that activation energy
and can take part in reaction.

So with the increase of 10°C temp. for a reaction the rate of the reaction with activation
energy 50 kJmol-! becomes double (approximately).

(C) Calculation of Activation Energy :

Worked Example- 4.4 : At different temp. the rate constants (k) of dissociation of HI in
gaseous state, are determined.With this results Ink values are plotted against T-!(kelvin
inverse). Thus the straigt line obtained, has slope —2.24 x 10*K. What is the activation energy
of this reaction?

Strategy : For Ink vs T-! graph, slope = %ﬁ ; because related equation is

—E, 1
Ink = &* X5 + InA. Here, slope =-2.24 x 104K
R =8.314 Jmol-'K~!

Solution : Activation energy, E; = — slope X R; ~ il wEa = PQ
P sSlope = —R-— = 6}_{
E, = — (-2.24 x 10°K) x 8.314 Jmol-1K-!
or, E, = 18.62336 x 104 Jmol-! c
R
or, E, = 186.2336 kJ.mol~! Q

b 4

=

Activation energy, Ea = 186.2336 kJ.mol™! Fig - 4.2(a) : Ink against T-!
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Worked Example—4.5 : At different kelvin temp. (T) the rate constants (k) of thermal
dissociation of N,Os (g) are determined. Then with this data logk vs T-! graph is drawn; the
slope of the straight line obtained, is — 96.5 x 102 K. Calculate the activation energy of this
dissociation reaction.

"Ea o~

Strategy : For logk vs T-! graph, slope = 5353p:

because related equation is ~ 2.303R

=By 1
logk = 5353 X T + logA

~

Solution : Activation energy, E, = — slope X 2.303R;

T >
o Ea=—(=96.5 x 102 K) x 2.303 x 8.314) mol-!. K-!  Fig-4.2 (b) : log K vsT"!
or, E, = 1847.7 x 102 J mol-! Here, slope =—96.5 x 102 K

R = 8.314 Jmol~'K-!
or, E, = 184.77 kImol-!

- Activation energy, E, = 184.77 kJ.mol~!
Worked Example : 4.6 : Using Arrhenius Equation :
Rate constants for the gas phase decomposition of hy.drogcn iodide,
2HI (g) — Hj (g) + I (g), at 283°C and 508°C are respectively
k; =3.52x 107 M-! s~! and k, = 3.95 X 102M-!s71,
(a) Calculate E, from the rate constants at 283°C and 508°C.

(b) Calculate the rate constant at 293°C using the rate constant at 283°C (gfven) and the
value of E, obtained in part (a).

' = =T
Strategy : (a) E, can be calculated from In % = -%x (%xTz)

(b) To calculate k, at T, values of k; at T| and Ea are to be used in above equation.

Solution : (a) Substituting the values of k; = 3.52 X 10-7 (M-! s71) at T; = 556K (283°C)
and k, = 3.95 10-2 (M-!s-!) at T, = 781K (508°C) in the following equation :

pke By TST, o 3.95x 102 (M-l
ki~ R T )xT, °® " 352 %107 (M-1s-))

 —Eax (556 781K
~ 83140K"mol-) x 556 x 781 |4

“stry—First—53
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—Eax (-5.18 x 10%)

O 514 Tl

or, E, = 1.87x 105 Jmol-1; or, Ey = 187 kJ mol-!

(b) On using the known values for k;= 3.52 x 10-7 (M~ s-1) at T} = 556 K (283°C) and
Ea = 1.87 x 105 Jmol-'and at T, = 566 K (293°C), ka will be calculated from the above

Arrhenius equation :

: ko _ —1.87 x 105 J mol-!(556 — 566) K-"!
N 352X 107 (MTs) = 8.314 Jk-! mol-! X 566 X 556

= 0.715

Taking anti In of both sides we get :
ky
3.52 x 10-7(M-!s™!)

=e0715=-204 ..k,=2.04x 3.52% 107 M-'s!)

or, ko = 7.18 x 107 M-!s-!
Note, in this temperature range, a rise in temperature of 10 K doubles the rate constant.

Worked Example—4.7 : HI is produced from H; and I, as per following equation :

Hy(g) + I, (g) = 2HI (g)

The rate constants of this reaction at 227°C and 257°C are respectively 1.95 x 104 L
mol-! s-! and 1.75 X 10-3 L mol-! s-1. Calculate the activation cnergy of this reaction.

Strategy : Arrhenius equation, log T 2 ?&_,)R X [ T|T2 ] will be used.

Solution : log kK, =2 303R>< [ Tsz ] peaes

at 227°C, k; = 1.95 x 10~ L.mol-! s~!
1.75 x 1073 E, X 103 530 -500

or 198 7 05 10+ = 2.303 x 8.314-500x 5301 2 257°C,Kp=175x 10 L.mol-! s°!
T, = (227 + 273) K = 500K
T, = (257 + 273) K = 530K
. Activation energy = 161.18kJ.mol! * R=8314x 103 kImol-'K-!
Ea =7

.. E, = 161.18 kJ.mol-!

Worked Example—4.8 : At 45°C the rate constant of a reaction is double of rate constant

at 35°C of that reaction. Calculate the activation energy of that reaction.
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Solution : From Arrhenius equation : here, Ty = (35 + 273)K = 308K
Lo=Th :
log !(k—%= ﬁ%ﬁx [ T\T; ]‘. T = (45 + 273)K = 318K
.2k E, x (318-308) R = 8.314 JK-1. mol-!
or, 108k, T 2.303 x 8.314 x 308 x 318
Suppose at T rate constant = k;
E, x 10 '
or, log 2 = 2.303 x 8.314 x 308 x 318 at T, rate constant = k; = 2k;
0301 X 2.303 x 8314 x 308x 318  E,=?
or, Ea = 10
orEx= 56447.96 Jmol-!- .. E, = 56.45 kimol-!

. Activation energy, Ey = 56.45 kimol-!.

Worked Example — 4.9 : The rate constant of 2N,05 (g) == 4NOs(g) + O; (g) reaction
at 25°C and 65°C are respectively 3.46 x 10-3s~! and 4.87 x 10-3 s-|.What is activation
energy of this reaction?

Here, T; = (25 + 273) K=298 K
T, = (65 + 273) K = 338 K

Solution : From Arrhenius equation :

k E (T,=T))
log '12% = 73038 X T T2 ki =3.46 x 10-5 s~
= —3 -1

4.87 x 10-3 E,x (338 —298) k, =4.87x 102 s

R = 8.314 Jmol-! K-!
Ea =

or, log 5 e X 105~ 2.303 x 8.314 x 298 X 338
E,x 40
19.147 x 1.007 % 105
or, 2.1482 = B, x 2.07459 x 10-5
L _ 10.3549 x 104 Jmol!

2.07459 x 10-5
~. Activation energy, E, = 103.549kJmol-!

or, log 1.407 x 102 =

or, Ey =
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(2) Affect of Pressure on Reaction Rate
Pressure has no affect on the rate of reaction taking part in liquid or solid phase. Butifor

[gaseous state increase of piessure will reduce the Vollimg. Then concentration of the reactant
increases and collision among the gas molecules also increases. For this reason the rate of
reaction increases. However, it should be remembered that the rate constant of the reaction
remains unchanged. For example in the industrial manufacture of ammonia gas by Haber's
syntﬁesis process the rate of production of ammonia is increased with increase of pressure.

The equation of ammonia synthesis by Haber's process is as follows :

N; (g) + 3Hz (g) == 2NH; (g)
From law of mass action;

(PNH3)?

Kp = PN, X(PH2)” Here Pypj. Pn, and Py, are the partial pressure of NH3 gas Ny gas, Hp

gas at equilibrium state.

Suppose at equilibrium mixture, mole fractions of each component are respectively XNHT
XNz and Xy, and total pressure of the gas mixture is P atm; then —
Partial pressure of each component gas = mole fraction X total pressure

S PNz = XN2 X P PHy = XH2 X P; PNH3 = XNH,, X P.

Putting these values in the above equation, we get :
(Xnpy % P)? (XNH3)?
(Xnyx P)x (Xp,x P)3 — XNy X (XHp)3x P2

Kp =

So the unit of Kp is P2 such as atm=2 or N-2 m*. As Kp is constant, with the increase of
pressure (P), the mole fraction of ammonia (Xny3) must be increased and mole fractions of
N; and H, must be decreased. So with the increase of pressure in gaseous reactions like

ammonia synthesis, the product will be increased and hence rate of reaction increases.

Think More : In which reaction, more production is possible at lower pressure?

(a) Hy(g) + I (g) @ 2HI(g) ~ (b) PCls(g) 2 PCls(g) + Cla(g) |
(c) Na(g) + 3H; (g) 2 2NH3 (g) (@) N2 () + Oz () 3 2NO(g).

(3) Affect of Concentration of Reactants on Reaction Rate :
With the increase of concentration of the reactant molecules or ions, collmon rate among
molcules or ions or particles increases, hence rate-of reaction increases.
. reaction rate o (varies as) concentration of reactant '
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It has been experimentally proved that the rate of reaction is proportional to the
concentration of reactants. So if the concentration of reactants is high, the rate of reaction will
also be high. For low concentration of reactants the rate of reaction will decrease.

Example : When sodium thiosulphate and HCI acid react; precipitation of sulphur takes
place. With the increase of concentration of reactants precipitation rate of sulphur increases.

Na3S;03 (aq) + 2HCI (ag) —— S (s) + 2NaCl (aq) + SOy(g) + H,0 (1)

The following data in the Table—4.2 proves that with the increase of concentration mol/L
of sodium thiosulphate; the required time (in second) for precipitation decreases that is,
reaction rate increases.

Table — 4.2 : Effect of concn. of Na,;S,05 on precipitation reaction rate
Concentration of NapS,03 (Mol/L) 0.01 0.02 0.04 0.04 0.1

Required time for complete|98 Silee 24 12 10
precipitation (s) :

4.3.3 Activation Energy of Exothermic & Endothermic Reactions

Activation Energy : In every reaction new substance is produced. During reaction old
bonds between atoms are broken and new bonds are formed with energy change. So in a

reaction, reactant moiecules requires a minimum energy to convert mlo product molecules.

Only the activated molecules can take part in the reaction and other molecules can not
react till they acquire necessary activation energy. When two activated molecules come in
contact with each other, they form 'transitional actlvated complex At mltlnl stagem___
Teactant "'_gcules ;have«_average potential energy Ea and average onal activated

energy E; then difference between two energies (Ex— Ea) is the
gy.-In fig-4.3 (a,b) activation energy is shown.
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&
i R e T—
3 | =l
g g Activation E2
= - 2 Energy (Ep)
& . 2 Eg
0 .............
5 T reactant(A) I_ AH 5 product (B)
= negative l'::’B i e by oo
gl 3__d 5 € | reactant(A)
% | Exothermic product (B) %5 | Endothermic
=] reaction, AH=-—ve, = _ ® | Reaction, AH=4ve
reaction progress (%) reaction progress (%)
Fig- 4.3(a) : Activation Energy graph for Fig- 4.3(b) :- Activation Energy graph for
exothermic reaction endothermic reaction

* When potential energy of reactant (E,) is more than that of product (Eg); thehr&eidw
Jenergy (EA-Eg) comes out [fig-4.3(a)]; this type of reaction is called exothermic rea

* When potential energy of reactant (E,) is less than that of product (Ep) i.e. produci
higher energy, then required excess energy is absorbed from surroundings [fig-4.3 (b)]; tt
type of reaction is called endothermic reaction! :

* The heat produced in exothermic reaction or absorbed in endothermic reaction, is
called reaction heat or enthalphy (AH). In exothermic reaction, AH is negative and in
endbthermic reaction, AH is positive.

In exothermic reaction, the reactant molecules get more random movements and more
molecules gain activation energy. So rate of exothermic reaction becomes more, the regction
completes rapidly. On the otherhand in endothermic reaction the initial potential energy of
reactant is less than that of product i.e. E, < Ep. So during occurance of the reaction, some
amount of energy (Eg—E,) is absorbed by product molecules. So temperature reduces and
movement of reactant molecules also decreases. Hence the rate of endothermic reaction
comparatively less.

* Calculation of Activation Energy': See article-4.3.2 (c), Worked example—4.4 and 4.5.
4.3.4. Collision Theory of Chemical Reacti

Collision theory was ﬁrst successfully applled to explain the blmolecular reactions in

gaseous phase. But later it was found to be applicable also to the reactions in solution.
For a reaction to take place :
* [The first condition : " The particles (atoms, ions or molecules) taking part in a
reaction must collide with one another.

swonducundltg_cy The collisions must take place with minimum amount of
energy. '
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b)‘:l'li"é"ihii‘il‘@ndltmg The collisions must take place with definite orientation.
Arrhenius equation is in fact the mathematical expression of these three conditions :

k = p.z.eE¥RT here, k = rate constant of a reaction;
p= steric factor (condition no.3);
z = collision rate (condition no. 1)
eEaRT = fraction of molecules with activation energy (condition no.2)
Explanation 'weéé‘iﬂfﬂ'g to the first and second conditions the reacting part-icle_s-' must
ide with one another with a minimum energy. Then some of the old chemical bonds will
be brokcn down and new bonds will be formed. The collisions may be shown as in Fig. 4.4.

@R OE | —) ©F

1st case
Eollisiun tofg]l: 2pcsase
place between d ° q o Successful
two qmleculgs collision took
with insufficient place between
energy two molecules
with sufficient

Q)= GE=Gp ==
=

Fig- 4.4 : The successful and unsuccessful collisions among the reacting particles
From the figure it is clear that in the first case the collision took place with insufficient
energy. So the breaking of old bonds between the atoms did not occur. The molecules
returned to thelr ongmal state. But in the second case the collision took place with sufficient
he bond betw "’"‘%%nd@"’broke down and a new bond between B and C was

Accordmg to the th1rd condmon the collision has to take place in definite orientation.
This may be explained as follows : |

The attacking reactant must come in contact with the particular central atom, with which
bond breaking and formation will take place in a suitable orientation. If this central atom is
attached to a large group and the attacking reactant comes from that side, then the reactant
will not be able to come in contact with that central atom due to the hindrance created by thas

HEIESCtisigypTm ﬁﬂ@?ﬂ

ision hould take place in proper orlentatlon.
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For example in chloroform (CHCI;) molecule one carbon atom is bonded tetrahedrally to
three Cl-atoms and one H-atom. During the photochemical reaction between CHCIl3 and Cl,,

the reactant chlorine molecule is first dissociated into two active chlorine atoms.

h
Cl, or Cl : Cl o0l

Now if the chlorine atom approaches the chloroform (CHCI;) molecule towards the
suitable side of H-atom, then the reaction takes place easily.
ClsC-H + Cl-—> CI5C. + HCI
CI3C. + Cl —> CI3C-Cl or CCl4
If the chlorine atom approaches the chloroform molecule towards the unsuitable side of
chlorine atoms, then no reaction will take place. In fig. 4.5, collision from unsuitable side and
suitable side are shown.

AL LSS @
PP J
1@ O
G - ko @z [0
/, — —
Gasee] =< @ T @
Collision from the side of Cl-atom Collision from the side of H-atom
(unsuitable for reaction) (suitable for reaction)

Fig. 4.5 : Collision between Cl atom and CHCI3 molecule in different orientations

43.5 Actwatlon Energy and Activated Complex or Transition State Theory

part directly in a reaction is known as actwatnonrenel:gyaof the rgact;_»g The molccules wluch
possess atleast the amount of acnvatlon energy are called actlvated molecules.

gcnntact wnth each othemtlf&% C
complex decomposcs to the main product For example
A+BC—H AB+C

. e s T DA
nplext Then the activated

Chemistry—First—54
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Here when 'A' molecule approaches 'BC' molecule, a bond between A and B gfadually
forms and the bond between B and C gradually becomes weak. At certain stage A, B and C
form an activated complex with partial bonds, which then decomposes to AB and C.

A + B—C— [A....B....... C]—A—B +C
activated activated activated complex products
molecule molecule '

Potential energy of the activated complex is the highest and higher than that of reactants
and products. The difference of energy of the activated complex and the reactants (A + B-C)
is the activation energy AE,. m,g;g;deWmfom rmation of products from the
actants must ove , ergy barrier whic h‘*ﬁ?k‘noWnEﬁ'En‘?g‘vy—hlll;or
f The activated complex is situated on top of this energy-hill and the reactants

are situated on the left foot and the products on the right foot of that hill.

The difference between the potential energies of the reactants (E;) and products (E,) ‘is

the enthalphy of reaction, AH. If the potential energy of the product (Ep) is less than that ofy

;hc_:_:reactant (Ep)[fig-4.6(a)], then the reaction is exothermic. If the potential energy of the
product (Ep) is more than that of the reactant E;); then the reaction is endothermic [fig-4.6

(b)],

Aol 4 Ac-=-Be-=-C
4L— , ) e

T E 5
L etk E, 3
cio L g
=) AE=[E, 2
? [ ‘[= activation )
o
g Ery L g
= |A+BC TAH= E,-E, =
= = 32|
§ | y =-ve v El‘ g
o A o

7ige] B Exobermic  AB+C = Endothermic

@ Reaction Progress (%) i ®) Reaction Progress (%) X

Fig-4.6 : Potential Energy Vs. Reaction Progress
[activation energy and transition activated complex state]

L

| Because if the activation energy is high, then it

J
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becomes difficult for reactant molecules to acquire this high amount of energy; then that
reaction becomes slow. On the otherhand, if the activation energy is low, then many more

reactant molecules can able to acquire this energy and more molecules can take part in

reaction. So the rate of the reaction becomes high. [Solrateof a  reactionyisyinversely
b T 3 d T gy M d
[proportional to the amount of activation energysy

4.4 Catalysts & Their Classification, Catalyst Promotor & Catayst Poison

From the previous discussion we have known that concentration of reactants, pressure and
temperature. have affects on the rate of different reactions. Increase of temperature and
pressure consume more energies in the systems.

In the industrial process for example, a higher rate often determines whether a new
product can be made economically. Sometimes, we can speed up a reaction sufficiently with a
higher temperature; but energy is costly and many substances are heat sensitive and easily
decomposed. Alternatively, chemists can often employ a catalyst.

Definition of Catalyst : /A catalyst is a substance that increasesor decr

reaction without being consumed in the reactiog. Because catalysts are not consumed only
very small quantities of them are generally required. Nature is the master designer and user of
catalysts. Even the simplest bacterium employs thousands of biological catalyst, known as
enzmes, to speed up its callular reactions. Every organism relies on enzymes to sustain its life.
The effect of catalyst on the rate of reaction is known as catalysis. .

Each catalyst has its own specific way of functioning, but in general, a catalyst effects a
lower activation energy, which in turn makes the rate constant larger and the rate hlgheﬁ
Two important points are associated with function of catalysts

FA catalyst speeds up the forward and reverse rt reactions both A reaction with a catal'yss
does not produce more product than one without a catalyst, but it produces the product more:
quickly.

* A catalyst effects a lower activation energy by providing a diferent mechanism for the
reaction, a new and lower energy pathway.

(A) Classification of Catalysts§¥

Based on ihe function, the catalysts are classified into following 4 classes :

MnOh A
“2KCIO0, (s) — > 2KCI (5) + 30, (g)

t A, catalyst whlch can accelerate the rate of a reactlon, is called an.
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: m A catalyst which can retard the rate of a reaction, is called a
negative catalyst. For example decomposition of hydrogen peroxide (H203) is retarded by
the presence of a few drops of ;l_ldsphoncamd(H:,POd

2H703(aq) — 2H,0(1) + O3(g) [dissociation normal]

H,PO
2H;05(aq) —— 2H,0(l)  + O(g) [dissociation retarded]

A T

uto Catalyst hen one of the products of a particular reaction can act as a catalyst

for remaining reaction, then the phenomenon is known as auto-catalysis and the catalytic
product is called auto-catalyst. For example, when potassium permanganate (KMnQy) is
added to a warm solution of oxalic acid mixed with dilute HSOy, the reaction is slow at the

beginning. But after some time, when some MnSOy4 is produced, the rate of reaction

increases.

nSOy4 produced in this reaction, acts as’auto-catalyst for the remaining

2KMnOy4 + 3H3S04 + 5(COOH);— K3SO04 + 2MnSO4 + 8H20 + 10CO,

E When a chemical reaction induces another reaction to occur, then

this phenomenon is called induced catalysis and the reacting substance responsible for it is
called induced catalyst. For example when O; is passed through the solution of sodium
-sulphite (NazS0O3) and sodium arsenite (Na3AsO3) separately, then NapSO3 is oxidised to
sodium sulphate (Na,;SO4) but no reaction occurs with sodium arsenite. Again when O3 is
passed through a mixed solution of NaSO3 and Na3AsO3 then both are oxidised to Na;SOq4
and sodium arsenate (Na3AsOy) respectively.

Separately : 2Na3S03(aq) + Oz (g) — 2NazS04 (aq)
i 2Na3As03 (aq) +02(g) — No reaction

i On mixing : [Na;S03 + NazAsO3] + Oy(g) — NaSOy4 + NazAsOy
5
2.

Here the reaction of NaS0O3 and O induces sodium arsenite to react with O;. So here
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Ny (@ + 3Ho (9 F&: M0. A, oNH;(g

5t=Poisom) : When a substance can reduce or even completely destroy.t_h_e

effectiveness of a catalyst. then it is called catalyst-poison. Forexamplé; in contact:process

homogeneous catalyst.
Example :

dioxide gas is oxndlscd by oxygen in presence of NO gas as catalyst. Here catalyst, reactants;f

and product all are in gaseous phase. -

NO(g)
250, (g)+02 ) ——b—> ZSO3 (®

m Here catalyst, the reactants and the products all are present in liquid state in
solution). R, I .'!‘ o 1
CioH2011(aq) + H0 O -H_‘“E"L); CoH1206 (a9) + CHln0sa0). i

sugar glucose CIOSG e .Lﬂl

(B)

heterogeneous catalyst.
and the reactants an
Example : (i) [t

250, (g) + Oa(8) kL (s"le)

[
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(ii) One of the most important examples of heterogeneous catalysis is the Gdditioniof E2gy

‘to th le | s (C .C,)&qf,,grgamcwwgoun@ loafonn*Cg: bonds.,

requently user catalytic hydrogenation. Thes
resranely

H,C=CH,(g) + H, (g) W H C CH (g)

4.4.1 Mechanism of Catalysis

Perhaps you may be in confusion or astonished how the catalysts affect reaction rate
without taking part in reactions directly :

In practice, catalysts rander their catalytic action through the different processes without

their any change in atomic structures finally. [Fheiprocesses of catalyttc actlcm\m

) e =R

(A) Homogeneous catalysns - Formation of mtermedlate compound ' This mechanism

is effective in homogeneous catalysis. In this mechanism the catalyst reacts with one reactant
to form in unstable intermediate compound. This intermediate compound then reacts with
other reactant to produce the final product and the catalyst is regenerated. This then again
reacts in the similar way. Therefore in the first step the catalyst is consumed and in the last
step, it is regenerated. So total amount of the catalyst remains uncﬁanged.

For example; Catalysis by NO gas in oxidation of SO, gas by air, nitric oxide reacts first

with one reactant oxygen to form nitrogen dioxide; an intermediate compound. This reacts

with the second reactant sulphur dioxide to produce the final product sulphur trioxide and
__.'-.: catalyst NO gas is regenerated, which reacts with further oxygen.
| Iststep: 2NO (g)+ O,(g) ——> 2NO;(g)

catalyst  reactant-1 inter. compd.
2nd step : 2NO, (g) + 2S0,(g) ——> 2S0;3;(g) + 2NO (g)
Inter. compd.  reactant-2 final product catalyst
Total reaction : 2NO (g) + 2302 (g) + O1(g) ——) 2503 (g).+ 2N0 (g)

or, 250, () + O (N0 ;- 2505 (g)
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(B) Heterogeneous catalysis : Catalysis through adsorption : Heterogeneous catalysis is
effective through adsorption mechanism on solid catalyst surface; here the reactant molecules
are gases or liquids. The mechanism of heterogeneous catalysis is often complex.

Important steps, however, frequently imvolve as follows. With a general gaseous reaction it
islexplained below = A, (2) + Bal() iese e eSO AR ()

Ist Step : The gaseous reactant molecules (A, and B,) are first attached properly on the
catalyst metal (cat M) surface ; This process is called adsorption.

Here the reactant molecules (A; and B;) get attached with vacant d-orbitals of the metal

by a weak chemical bonding forining an unimolecular layer.

2nd Step : At this adsorbed stage, the covalent bonds of the gaseous molecules become .
weak. With proper orientation, number of collision among the molecules increases and form -

activated metal complex catM-A with lower activation energy.

3rd Step : At this stage, other reactant molecule (B;) and activated complex catM—A form
product molecule (A-B) with new covalent bond residing on the metal surface then. The
energy evolved from bond formation is absorbed by metal catalyst and it is transferred to
reactant molecules later on.

4th or Last Step : Finally detachment of product molecules (2AB) from the catalyst metal
surface occurs.

Example : Let us take the catalytic hydrogenation of compounds with C=C double’
bonds, a reaction used in the food industry to convert unsaturated vegetable oils to solild fats
called margarine. The reaction is catalyzed by tiny particles of metals such as Ni, Pt or Pd.

The hydrogenation of ethene (CH,=CH,) gas follows the same mechnism shown below :

In these cases, as per figure-4.7, at first the reactants molecules are adsorbed on the metal
catalyst surface. At the 2nd step, adsorption facilitates the rate-determining step by breaking
the strong H-H bond in the H, molecule. Because the H-H bond breaking is accompanied by
the simultaneous formation of bonds from the separating H-atoms to the surface of metal

atoms,

The activation energy for the process is lowered. The H-atoms then move about on the
surface until they encounter the C-atoms of the adsorbed C;H,4 molecule. Subsequent stepwise
formation of two new C-H bonds first forming C;Hs group metal bonded and finally a

second H-atom bonds to the C,Hs group to form product ethane C;Hg molecule. At the 4th "iﬂ"':

step, the resulting C;Hg molecule is detached from the metal surface. : 2
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H- H(g) + 2 catM(s) — 2 catM-H [H atom is adsorbed on metal surface]
catM-H + H,C = CH, (g) — H;C - CH, or G H;
catM-H + CH, —CH; —> H;C - CH; + CatM

Fig 4.7 : Proposed mechanism for the catalytic hydrogenation of ethene (C2Hg4)
on a metal catalyst surface. [H-atom bonded to metal surface]

Importance of Catalysts : (1) Catalysts are enormously important, both in the chemical
industry and in living organisms. (2) Nearly all industrial processes, for the manufacture of
essential chemicals, use catalysts to favour the formation of specific products at lower reaction
temperature, thus it reduces energy costs. (3) In environmental chemistry, catalysts such as
nitric oxide (NO) play a role in the formation of air pollutants NO, gas. On the otherhand,
metal catalysts such as platinum (Pt) in automobile catalytic converters, are potent weapons in
the battle to control air pollution.

Automobile exhaust emissions contain air pollutants such as unburned hydrocarbons
(C<H,), carbon monoxide (CO) and nitric oxide (NO) gases. Carbon monoxide results from
the incomplete combustion of hydrocarbon fuels, and nitric oxide is produced when
atmospheric N2 gas and O2 gas combine at the high temperatures present in an automobile
engine. Catalytic converters help to convert the offending pollutants to carbon dioxide (CO,)
water, nitrogen and oxygen as follows :

CiHy(g) + @ +y/4)0, (@) B xCO, (g) +y/, H,0(g)

2C0(g) +O,(g) B 2co, @

-~ 2NO (g) PN, @+0, (@

&y To tail pipe
CO,,H,0, N,,0,

T ANE S
: pollutants in exhaust pipe
waste gases CxHy, CO, NO
Fig—4.8 : The exhaust gases from automobile engine and their
conversion to CO,, H,0, N; and O, gases.
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(4) Most of the catalysts used in industrial chemical processes are heterogeneous. Then
such catalysts can be easily separated from the reaction products. On the otherhand, some
homogeneous catalysts are used in the production of polymers. In the table —4.3 some

examples for heterogeneous catalysts and homogeneous catalysts used in the various

industries are shown below :

Table 4.3 : Catalysts used in Industries :

MReaction): Catalyst) | commercial

[Heterogeneous Catalysis?

1. 250, + O; — 2S04 Pt or V,0s | In contact process, | Product : H;SOq4
H7S04 used for fertilizers,
manufacturing in | chemicals.
2nd step.

2. 4NH; + 50,— 4NO + 6H,0| Pt and Rh | In Ostwald process, | Product : HNO3 used
HNO3, production | for fertilizers, plastics,
from NHj; in Ist step | dyes, explosives. :

3. N2 + 3H, — 2NHjs Fe, K70 and | Haber's process. Product : NHj3 used

) Al0s NH; production for fertilizers and
HNO:s.

4. CHy + H,0 — CO +3H, | Ni catalyst | Stean;-hydrocarbon | Product : Hp-gas used
reforming process, | for NHz, methanol
H, gas synthesis. production.

mqmogenqous : Ca’t'aly's‘f

1. Propylene, oxidizer Mo (VI) Propylene oxide Product :

complexes | synthesis Propylene oxide used
for polyester,
polyurethane foams.

2. Butadiene, HCN Ni/P Adiponitrile Used : nylons, fibre,

compounds | production plastic

4.4.2 Activation Energy of Catalyzed Reaction
The activation energy diagram of a non—cata!yzed and a catalyzed reactions are shown in

the reaction is slow.

Chemistry—First—55

L]

\L of the non-C: The explanatmn is that the energy of activated
complex in a non-catalyzed reaction is high and the formation of this. complex is difficult. So

e
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, ; A
With catalyst the whole reaction proceeds -

through another route. The energy of the
activated complex in this route is low and it is
formed easily. So the catalyzed reaction is fast.
Hence an alternate definition of catalyst is given
as follows :

Catalyst : A. catalyst for a reaction is a
substance which provides an alternate route for
that reaction, in which the activation energy is
less than that of the non-catalyzed reaction.

potential energy

Product

>

reaction axis
Fig 4.9 : Activation energy of a catalyzed
and non-catalyzed reactions

4.4.3 Bio-Catalyst, Enzyme

Definition : Enzymes are complex nitrogen containing organic compounds with very
Eigh molecular masses secreted by living plant and avimal cells. They are globular proteins.
They are very active organic catalysts. Many complex reactions take place in plants and

_ animals under the influence of different enzymes. Enzymic activity occurs on particular

.

reaction.

How enzyme acts : There;are;some:active sites:in-enzyme molecules.:Dueto these sites
enzymesiacquireithie power of catalysis] Each enzyme is active for one particular organic
reaction. When the size and shape of a reactant molecule becomes similar to active site and
shape of the enzyme, then the reactant molecule (S) is engulfed in active site of the enzyme
(E). Thus activated complex (E-S) is formed. At this stage product complex (E-P) is formed

by bond weakening. Finally the product molecule (P) is released by breaking product

complex. Thus catalysis continues.

fast |
el A= e N AN PR

Some enzyme-catalyzed reactions are mentioned below :

MAn enzyme named 'diastase' converts starch by hydrolysis into maltose sugar.
2ACHTO )N+ nH Ofggdiastase. = n C °H O

=== 12822511
_ starch maltose
ﬁl’he enzyme 'maltase’ converts maltose sugar by hydrolysis into glucose.

Clezg_O“ + H,O ME—% 2C6H1206

maltose glucose
"ne enzyme 'zymase' dissociates glucose into ethanol and CO, gas

mase
C.H,,0, = 2CH.OH +2C0,

glucose ethanol )
ﬂne enzyme 'eurease' converts urea by hydrolysis to ammonia and CO, gas.
HzNCONHz + H;O _ﬂmi‘sg-p 2NH; + CO;

urea
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Characteristics of a Catalyst 3

(i) A catalyst does not participate directly in the reaction. Hence it remains unchanged in
composition and mass at the end of the reaction.

(ii) A small quantity of catalyst is sufficient to effect large quantity of the reactants.

(iii) A catalyst does not initiate or stop a reaction, it only accelerates or retards a reaction
and does not disturb other catalysts.

(iv) A catalyst is generally specific for a partlcular reaction.

(v) Catalyst generally lowers the activation energy of a reaction.

4.5 Chemical Equilibrium
afinition : When the rate of a forward reaction is equal to that of the backward =~ action,
then th -tate is known as chemical equilibrium.

Exan. ‘e : When a mixture of H, gas and iodine is heated to a temr .wre, 450°C in 2
sealed cont. er, then hydrogen and iodine react to form hydroger .dide. Since with the
increase of tin. the amounts of hydrogen and iodine decrease. © .n the rate of this reaction
gradually decrea.

Ha(g) + I(g) = - 2HI(g)

Initially there was . hydrogen iodide, so

rate of forward reaction

%

there was no backward rea. ‘on. But wher .

e

forward reaction starts to >m 7 . and

gradually its amount increases, the jackward _§, equilibrium
reaction i. e. dissociation of F* .0 ki, 'nd I2 fé state
begins to occur. After som .me the rax  of E

forward and backward re ons become equ. ']E; « rate of backward

This state of both .e reactions is called reaction : 9
ehemical equilibrir .. T e 3

Again if we :at pure hydrogen iodide in a Fig 4.10. ange of rates of forward and backward

sealed contain’ , similar situation arises. reactions with = and attainment of chemical equilibrium

Then the issociation of hydrogen iodide to hydrdgen and . ‘ine is the forward reaction
and forma .n of hydrogen iodide from hydrogen and iodine is the ackward reaction.
2HI(g) = H,®+L()
At )ne stage the chemical equilibrium will be reached when the 1. s of these two
reactiuns (forward and backward) will be same. In both the cases at equil '

these substances will be the same. This is the condition ofethbnumj
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Expt. No.— 02

1 e of Expt. : Determination of pH of branded toothpastes and their useak" _y.

Dadi:. ...

A. . m: To know if different branded tooth pastes contain pH  uperly.

B. Rey, ‘red substances : 1. Different branded toothpastes ach as pepsoden, White
plus, Colgate.

C. Required ~. ~aratus : (i) Beaker, (ii) Glass rod, (ii* wash bottle, (iv) pt meter.

(v) Universal Indicator st s or solution.
D. Procedure : Follow = procedure of Expt. ™ -1

E. Experimental Data :

1

Sample of tooth paste pH of the | Appr .ed| Sample's pH | Comment on expt.
: : branded sample; " value more/less Result
1. Brand-1 ? 1. 8 | 1. normal Brand-1, 2 mantain
2. Brand-2 2. 8 8 > normal normal pH. Useable
3. Brand-3 23 3 - for all. Brand 3 has
more pH, so it is not
| for baby.

~ Expt. ¥ . : Determination of pH of cold cream/snow of different bi. '

Er™  «~ above two Expt. No. 1 and 2 and do this experiment in group with «. guidance
* ot teacher.

q

4.18 Law of Conservation of Mass and Energy

We know from laws of chemical combination that in every chemical reaction, the total
mass of the reactants is equal to total mass of the product after the completion of the reaction.
é,This is known as conscrvation of mass in chemical reictiop. Because the different atoms
present in the reactant molecules with different bonds break their old bonds to form new
molecules known as product, with new bonds among those atoms with the exchange of heat
energy in reaction conditions. Here during the chemical process, the atoms change their
relative positions practically with new bond formation. - ’
Every chemical reaction occurs with exchange of heat energy. ‘Hence every chemical
ireaction ijs associated with law of conservation of mass of the atoms and also the

g:onser-vation of the energy of the atoms bonded in reactant and product molecules.
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When any chemical reaction occurs, then heat energy is absorbed or produced. Moreover,
that change of energy may be in the form of light or any other way. But in every case,
conservation of energy change must occur.

The change of energy in chemical reaction is discussed in first law of Thermodynamics.
The law of conservation of energy is stated as follows :

{Energy is transformed fro B to another, bu ¥ . )
destroyedy’ This law is applicable to every chcmxcal reaction. For example, Methane burns in

oxygen to form carbon di-oxide, water and heat energy.
: CH,(g) + 20,(g) — COx(g) + 2H,0(g) + 890.3 kJ

Here, the heat energy produced from burning of methane, is called internal energy of

class:fied into two classes.

(@) Exothermic Reaction and ﬁg‘ Endothermic Reaction.

and endothermlc reaction is shown with a symbol, AH known as enthalpy change or hat

change by enthalpy diagram in figure—4.29 (A), 4.29 (B)

A A
C(s) +02(g) reaction products CaO(s) +COa(8) g
g E; g AH sosit
& . = positive
S A H negative E’ CaCOJ(s) &
2 y 5 . -E,
K products COy(g) Ep - reaction

Reaction progress - (endothermic reaction)

Reaction progress (exothermic reaction) et Ry b
ig 4. endothermic reaction E;<Ep -

Fig 4.29 (A) exothermic reaction, Er>Ep




534 Chemistry — First Paper

Again internal kinetic energy is the sum of different forms of kinetic energies stored.in
atoms or molecules such as translational energy, rotational energy and vibrational energy,
| electronic energy etc.
The internal energy expressed by ‘E‘ depends on the nature of the substance,
. temperature and pressure. When a substance absorbs heat from surroundings, its internal
energy increases, also its temperature increases. Similarly when a substance gives up energy to
%urroundmgs, its mtcrnal energy decrcascs, also its temperature decreases. The' mtemal*en@y
)'of a substanice. isured, but its changes (AE) can be measured.
‘ _change of "internal. energy (&E) in a c&mxcal neaq_uor]ais
re t ‘Mﬂ%ﬂnapr@mun&d as'‘delta* means me‘a‘sm:gale

Where E is the mtcrnal energy, P is lhe pressure and AV is the volume change of the

system.

When solid or liquid is heated its volume does fot increase appreciably. But when a gas at
constant pressure is heated its volume .increases to a great extent. So the heat supplied at
constant pressure (qp) is used partly to increase the internal energy (AE) and partly for doing
the work for expansion of the volume (AV). Here both the changes are expressed together by
the term cnthalpy change AH. Then we can write :

Wig work done for volume expansion .

Heat of Reaction at constant pressure : In the Laboratory generally the reactions are
carried out in open containers, so the reactions occur at constant pressure. If in a reaction a
gas is produced, the volume of the system increases. Then the gas has to do work against the
atmospheric pressure and some energy is used for this work in addition to increase of internal
energy. So the change of enthalpy is more important than change of internal energy. Then

change of heat in a reaction is expressed by AH. Enthalpy change in a reaction (AH) is the
difference of enthalpy of the products (Hp) and reactants (Hy).
. AH=Hp-H; .
When a reaction occurs in closed container, there is no increase of volume dur:ing
heat then, AV = 0; and AE = AH. For example, in case of solids and liquids :Ithe

absorption of :
me is negligible (AV = 0), and for gaseous reactions, when more numbers

expansion of volu
of reactants and products are equal.
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We know, AH = Hp - Hy; if Hp > Hr, then AH is positive. Then the reaction is
endothermic and the products are less stable than reactants. At that stage, if gaseous reaction

occurs, then mole number of products is greater than that of reactants.
If Hp < Hr, then AH is negative. Then the reaction is exothermic and the products are

more stable than reactants. Here if gaseous reaction occurs, then mole number of products is

less than that of reactants.

4.18.1 Different Types of Enthalpy Change or Heat Change
There is a change of enthalpy in those processes, in which heat is evolved or absorbed.
These processes may be physical change or chemical change. So there are many types of

enthalpy changes.

(1) Important enthalpy changes in chemical process are : (i) enthalpy of formation. (ii)
enthalpy of combustion. (iii) enthalpy of decomposition. (iv) enthalpy of neutralisation etc.
(2) Important enthalpy changes in physical processes are : (i) enthalpy of sublimation.

(ii) enthalpy of fusion. (iii) enthalpy of vapourisation. (iv) lattice enthalpy etc.

1. Heat of reactions : ;

Definition : The change in enthalpy which occurs in a reacti?n according to the balanced
equation in proper mole ratio of the related reactants, is called the heat of reaction. For
example, H, gas and Cl, gas react in the 1 :1 mole ratio to form 2 moles of HCI gas and
evolves 184 kJ heat.

H,y(g) + Cl,(g) — 2HCl(g) AH = - 184 kJ
Here heat of reaction is expressed with the following equation :
Heat of reaction, AH® = [Heat of formation of products] — [Heat of formation of
reactants]

2. Enthalpy or Heat of Formation

Definition : The enthalpy or heat of formation of a compound is defined as the change in
enthalpy when one mole of that compound is formed from its constituent elements. When the
reaction is carried out at standard condition (at 25°C and I atm pressure), the enthalpy change

is called standard enthalpy of formation. It is denoted by H{. For example :

When carbon and oxygen react, they produce CO,. The enthalpy change of the reaction
(AH) at 25°C or 298 K and 1 atm pressure is — 393.5 kJ mol-!.

C(s) + O(g) — COy(g); AR E =03 i
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By definition, enthalpy of formation of element is zero.
.. Enthalpy change in reaction, AH = [Enthalpy of CO,] — [Enthalpy of C + Enthalpy of O,]
= Hf(COy) — [Hf(C) + Hf(O,)]
= Hf(CO,) - [0 + 0]; [.. Hf of element is zero]
= Hf(CO,)
[Here ‘Hf' means enthalpy of formation]

Since enthalpy change of above reaction, AH = — 393.5 kJ; So enthalpy of formation of
CO,, Hf = —393.5 kI.

Hence the standard enthalpy of formation of CO; is — 393.5 kJ mol-!.

So, enthalpy of formation of a compound can be calculated from the enthalpy of
reaction.

Calculation of Enthalpy of Reaction from Enthalpy of Formation

Enthalpy of a reaction can be easily calculated from enthalpy of formation of reactants
and products with the help of the following equation.

Enthalpy of a reaction = [Total enthalpy of formation of products] -

[Total enthalpy of formation of i'eactants]

For example, At STP the enthalpy of formation of CO,(g) and H,O(l) are — 393.5
kImol~! and — 286 kimol-!. The enthalpy of combustion of liquid ethanol is— 1367 kJ mol-!.
Calculate the enthalpy of formation of liquid ethanol.

Here, the thermochemical reaction for combustion of ethanol may be written as follows :

C,HsOH(!) + 30,(g) — 2CO0,(g) + 3H,0(!); AH = - 1367 kJ

Here, Enthalpy of reaction = [Total enthalpy of formation of products] —

[Total enthalpy of formation of reactants]
= [2 x HF(CO») + 3 X Hf(H,0)] — [Hi(C,Hs0H) + 3 x Hf(0,)]
Or, — 1367 kJ = [2 X (- 393.5) + 3 x (=286)] kJ — [Hf(C,HsOH) — 0] kJ
Or, — 1367 kJ = [-787 — 858 — Hf (C;HsOH)] kJ
Or, Hf(C,HsOH) = [1367 — (787 + 858)] = [1367 - 1645] = — 278k]
- Standard enthalpy of formation of ethanol is — 278 kJmol-!.
3, Enthalpy of Sublimation Definition :

Definition : Enthalpy of sublimation of a substance is defined as the change in enthalpy

when one mole of that solid substance becomes vapour directly on heating. It is denoted by
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AH®,,1- Example : When one mole of solid iodine sublimes, it absorbs 62.3 kJ heat, so its
enthalpy of sublimation is + 62.3 kJ. Similary enthalpy of sublimation of potassium is + 90
kJ mol-1.

I(s) — I(g); AH 1 = + 62.3 kJ mol-!
K(s)— K(g); AH g1 = + 90 kJ mol-!
C(graphite) — C(g); AH®p = + 712.02 kJ mol-!

Heat or Enthalpy of Melting or Fusion :
Definition : The amount of heat needed to melt one mole of solid substance to its liquid is
called its heat of melting or fusion (AH®)
[The heat of fusion of ice is + 6 kJ mol=V/
H,0(s) — H,0(0) AH® = + 6 kJ mol-!/
4. Heat of vapourization : '
The amount of heat needed to vapourize one mole of a substance at its boiling point, is
called heat of vapourization of that substance. It is denoted by AH®y,;.
H,0(l) — Hy0(vap) AHqp = + 44.0 KI'mo
CeHg(!) —> CgHe(vap) AH®y;p = #3137 ki mol5!
On the otherhand, the amount of heat given out or evolved, when one mole of vapour of a

substance is condensed to its liquid, is called its heat of condensation. It is opposite to that of

vapourization; but the value of AH® gpq, is negative
H,0(vap) — H,0(l) AH®condn = — 44.0 kI mol-!
S. Heat of Atomization : The amount of heat absorbed by one mole of a substance to
convert into its atoms, at gaseous state is calle: its heat of atomization (AH®;om)-
% Cly(g) — Cl(g) ‘ AH30m = + 121 kJ mol-!
" Note, here it means per mote of chlorine atom, but not per mole of chlorine molecule.
6. Enthalpy of Solution or Heat of Solution :
The enthalpy or heat of solution of a solute is defined as the change in enthalpy of the
system, when 1 mole of solute is dissolved in sufficient amount of solvent, so that further
dllutlon of that solutlon produces no more change of enthalpy. @ ) — 450 m

Chemlstry—F:rst-—68
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For example, when the solute forms hydrate with water then AH is negative. e.g.,
anhydrous CuSO, forms a penta hydrate with water, so the heat of solution of anhydrous
copper sulphate in water is negative. It is dengted by AH®yy.

CuS0y(s) + ag—— CuS04.5H;0(aq); AH ), = — 66.04 kJ |

Similarly anhydrous CaCl, forms a hexahydrate .with water, so the heat of solution of
anhydrous CaCl; is negative.

CaCly(s) + ag—— CaCl,.6H,0(aq); Y AH 51 =~ T75 kI

But hydrated CaCl, does not form any more hydrate in water, so its heat of solution is

positive. .
CaCl,.6H,0(s) + ag— CaCl,.6H;0(aq);  AH®o)n = + 19.06 kJ

%. Heat of Neutralization : '

The amount of heat produced in neutralization reaction between acid and base to form
one mole of water at room temperature (25°C, 2:'8K), is called heat of neutralization.
Neutralization reaction is an exothermic reaction.

For example, at 25°C one mole dilute HCI acid reacts with one mole dil. NaOH to
produce one moleé water with elimination of 57.34 kJ heat.

HCl(aq) + NaOH(aq)— NaCl(aq) + H,O(l); AH’rxn = — 57.34k]J

1mol 1mol 1 mol

4.19 Heat of Neutralization of Strong acid and Strong base
tfyﬁﬁﬁﬁnﬁonofstrong acid and strong base isconstant and it is — 57.34...
:approx.JIn aqueous solution strong acid like HCI acid and strong base like NaOH are

completely ionized as follows :

HCl(aq) — H*(aq) + Cl-(aq); NaOH(aq) —— Na*(aq) + OH-(aq)

When a strong acid reacts with a strong base, the cation of the base and the anion of the
acid remain unchanged, they are called speétator ions. In reality the hydrogen ion (H*) of
the acid and the hydroxide ion (OH") of the base combine to produce water.

H*(aq) + OH-(aq) — H,0())

The heat of reaction between strong acid and strong base is, in fact, the heat of this ionic
reaction. Hence in all cases heat of neutralization value is the same.

(i) Neutralization reaction between NaOH and HCI
(Na* + OH-) + (H* + ClI) — (Na* +CI) + (H* + OH-) = Na* + ClI- +
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(ii) Neutralization reaction between KOH and HNOj :
(K* + OH") + (H* + NO3)— (K* + NO3) + (H* + OH-) = (K* + NO3) +
So heat of neutralization of strong acid and strong base is the heat of reaction of 1 mol
H* ion and 1 mol OI-I-‘ion to form 1 mol of water (H,0) and heat of this reaction is — 57.34
kJ approximately.
H*(aq) + OH(aq) — H;0()) AH = - 57.34 kI
In the following table 4.1 the heats of neutralisation of some strong acids with some

strong bases have been mentioned. They are practically constant.

{Table 4.1 ; Heat of neutrahzatlon of some strong acids with strong bases at 25°C

[Acid | (Strong basé [Heat of Neutralization (KJ) |
HCI (Strong) NaOH - 57.34
H,S0, (Strong) NaOH - 57.44
HNO; (Strong) NaOH - 57.35
HCI (Strong) KOH - 5743
CH3COOH (weak) NaOH -55.14
HF (weak) NaOH - 68.60

* Exceptions : Between acids and bases, when any one of the two is weak then their heat

of neutralization is less than standard value — 57.34 kJ mol-!

(B) Heat of neutralization of weak acid and strong base is less than — 57.34 kJ.

Acetic acid (CH;COOH) is a weak acid. So its decimolar solution ionizes about 5‘_%: only.
But NaOH is a strong base; it ionizes about 100% in decimolar solution. Practicﬁlly it is found

that the heat of neutralization of CH;COOH with NaOH is about —55.14 kJ. This is because in

During the neutralization reaction acetic acid is gradually ionized and some energy
(about 2.2 kJ) is used up for this ionization. Hence the heat of neutralization is numerically
less by this amount from the ideal valule (-57.34 KkJ). :

CH;COOH(aq) = CH;COO-(aq) + H* (aq) [5% ionizes in aqueous soln.]- T

NaOH(aq) — Nat*(aq) + OH-(aq) thO% ionizes in aq. éoln_-] '.

H*(ag) + OH~(aq) —> H,0() =3

E
l aqueous solution acetic acid is partially 1omzed
|
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(C) Heat of neutralization of strong acid and weak base :

If the base is weak like NH4OH, it is incompletely ionized and during the neutralization
process it becomes fully ionized. Therefore some energy is used up in this process. Hence the
heat of neutralization of strong acid with weak base is numerically lower than — 57.34 k1. e.g.

NH,4OH(aq) + HCl(aq) = NH,Cl(aq) + HyO(1); AH =-51KkJ
weak base strong acid
If both the base and the acid are weak, then more energy is needed for the complete

ionization of both acid and base and hence the heat of neutralization becomes numerically
more lower than — 57.34 kJ e.g.
NH,OH(aq) + CH;COOH(aq) = CH3COONH4(aq) + H,0();

weak base weak acid
) Heat of neutralization of HF acid and NaOH is more than — 57.34 kJ.

The explanation for excess heat of neutralization of HF acid and NaOH is the summation

AH=-44Kk]

of general value of heat of neutralization together with excess hydration energy of fluoride
(F-) ion. :

(i) Firstly hydrofluoric acid (HF) ionises 16% and sodium hydroxide (NaOH) ionize
completely in aqueou;s solution. So hydrogen ion (H*) and hydroxide ion (OH-) neutralize

together in molar proportion producing one mole of water with the evolution of heat by less

than -57.34 kJ.
: HF(aq) == H*(aq) + F(aq) [about 16% ionization]
NaOH(aq) —— Na*(aq) + OH(aq) [100% ionization]

H*(aq) + OH™(ag) — H;0()
| (ii) Secondly as the size of fluoride (F-) ion is the smallest negative ion; its charge density
is more. Therefore association of F- ion with water molecules is closest and strong; so its
hydration energy is maximum. Hence, hydration energy of F- ion is a little bit more than any
other negative ions. So e:.ccess hydration energy of F- ion is added up to neutralization value.
As a result the summation of heat energy becomes — 68.6 kI.

HF(aq) + NaOH(aq) — Na*(aq) + F-(aq) + H0()
It is to be noted that due to the association of positive ion and negative ion with water

molecules in aqueous solution and thereby the energy liberated is called the hydration

AH = - 68.6 kJ

energy of ion. : s
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4.20 Bond Energy and Heat of Reaction

Bond Energy : When a chemical bond is fo:nod between the atoms, some energy is
released. The same amount of energy will be needed to break the bond. This amount of
energy associated with bond formation is called bond energy and is a measure of the strength
of that bond.

Definition : The amount of energy required to break one mole of a bond of a particular
type between two atoms in the gaseous state is called bond energy or enthalpy of that bond.

Bond enthalpy is expressed in kJ mol-! unit.
For example, if X-Y bond present in one mole of a compound is broken down and Hp

kilo joule amount of energy is needed in this process, then the bond energy or bond enthalpy
of X_Y bond is Hp K mok-!, X-Y(g)—> X@+Y(@; AH=Hykmek -

For exmaple, 435 kJ amount of energy is needed to break H-H bonds present m one

"_«.
-‘——r

mole of H, molecules. So the H-H bond energy or bond enthalpy i is 435.5 kJ u:u::nl“l PR
_ i ‘['{_y\"} Jﬁ
Hy(g) — 2H(g) ; AH = 435.5 kJ mol-!
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P

For example, the bond energy of C-H bond is 430 Table 4.7 : Average bond energy

kJ mol-!. This value does not change appreciably in Bond  kJmol ™!
CH,, CH3Cl, C;Hg etc. The average bond energies of H—H 435.5
some bonds have been listed in Table 4.7 H=F 564
H—CI 433
From these bond enthalpy values, not only the H—Br 366
stability or instability of a compound can be H—l 299
ascertained, but also the heat of all types of reactions g:gl 7 333'53
can be calculated. g:—gl 2429
Heat of Reaction : Heat of reac.tlon includes all O—H jggg
types of reactions such as exothermic reactions and . | N—H 391
endothermic reactions, which include heat of g_:g g‘:fg
formation, heat of combustion, heat of decomposition, G=C 812
heat of neutralization etc. CG=C 724

Calculation of Bond Energy : The bond energy is defined as the amount of energy
required to break one mole of particular bond between to atoms in the gaseous state of a
compound. Bond energy is calculated from (i) sublimation energy, (ii) energy of
atomization, (iii) enérgy of formatioﬁ and (iv) number of bonds. When a compound contains
more than one type of bonds, then the average bond energy is calculated as follows :

Average bond energy = Total bond dissociation energy + total bond number

.. Bond energy=[sublimation energy-+atomization energy—bond formation energy] + bond numbers

For example, let us calculate the C-H bond energy in the methane (CH4) molecule. Here
the following enthalpy changes occur : |

.(1) C(graphite)—> C(g);  Sublimation energy of graphite, AH = 717.02 kJ
(2) 2H,(g) — 4H(g); Atomization energy of H,, AH = (2x 435.5) = 871.0 kJ
(3) 2H,(g) + C(g) — CHy(g); Formation crlergy of CHy, AH = -75.09 kJ

- For bond dissociation of CHy; CHy(g) —2> C(g) + 4H(g)
- Bond dissociation energy of CHy, AH = (Sublimation energy + atomization energy —
energy of formation of CHy)

=(717:02 + 871.0 — (-75.09) = 1663.11 kJ
So, C-H bond energy = (1663.11 + 4) kJ [ . 4 bonds in CH,]
= 415.78 kJ mol!
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Again the compounds which contain C-H bond together with C-O, C-C bonds or other
bonds, their bond energy can be calculated for those cases, with the following equation :
Bond energy : AH = Sublimation energy of graphite (C) + Atomization energy of all other
elements— Formation energy of compound — (C-H bond energy x C-H bond numbers)

Calculation of Heat of Reaction from Bond energy : In all compounds, the bond energy
of a particular bond is approximately same. Depending on this fact, weican calculate bo;
gnergy of a particular bond by subtracting bond energies of product from thetotal:;-’b‘éﬁﬂw

.Lenergles of reactants_g;

This method is commonly used for the covalent bonded gaseous organic compounds.

Heat of Reaction = (Heat of formation of reactants) — (Heat of formation of producs)

For example, heat of reaction of the following reaction can‘be calculated with use of bond
energies : CHy(g) + Cly(g) — CH;CI()) + HCl(g); AH=7?

Here, we know C-H bond energy = 430.53 kJ mol! \

CI-CI bond energy = 242.90 kJ mol-!, and C-Cl bond energy = 328 kJ and H-Cl bond
energy = 433 kJ mol-!,

Bond energies of reactants and products are as follows : !
Reactants, kilo Joul, (kJ) Products - - kilo Joule (kJ)

4 C-H 4x 430.53 3 GEH 3x 430.53 = 1291.59
1 ClCl =1722:12 1 CCl 328.00

242.90 1 H-CI 433.00
Total bond energies = 1965.02  Total bond energies = 2052.59
of reactants : of products .

*. Heat of reaction; AH = (1965.02 — 2052.59) = — 87.57 kJ mol-!

'Worked Example-4.69 : The heat of sublimation of carbon is 717 kI mol-!, the heat of
atomization (or dissociation) of H, molecule is 435.5kJ mol-!, C-C bond enthalphy is
343.9kJ mol-! and C-H bond enthalpy is 430.5 kimol-!. Calculate the heat of formation of
ethane (C;Hg).

Solution : The reaction for the formation of ethane is as follows :

2C(s) + 3H(g) —> C,He(g) or HaC-CHa(g) - H-C-C-H

Let heat of the reaction or heat of formation of ethane be AH. i
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In this case 2 moles carbon sublime, 3 moles H-H bonds are broken down and one mole

C-C bond and six mole C-H honds are formed. In the following enthalpy diagram different

routes for this reaction have been shown.
@) f @+ Total 4
dissociation energy of | bond energy

3 moles Hy ( Aiiy) in ethane (4H ;)

2C (g) +3H,(2)
T Heat of sublimation
for 2 moles carbon (AH,)

0]

(4) AH (heat of formation of ethane)

- IZC (g) + 6H(g) I__) H43 C—CH j3 (product) |

(1) [2C (s) +3H,(g) (reactants)

According to Hess’s Law, from this enthalpy diagram we get :
AH = AH; + AH; + AH; [Here AH, and AH; are positive and AH3 is negative. From the

data given, we see;
AH, = Heat of sublimation of 2 moles carbon = 717 X 2 = 1434 kJ (positive)

AH, = Heat of dissociation of 3 moles Hj gas = 435.5 X 3 = 1306.5 kJ (positive)
In ethane molecule there are one C-C bond and six C-H bonds formed.

Hence AH3 = (343.9 x 1 + 430.5 X 6) = 2936.9 kJ (negative)

- AH = (1434 + 1306.5 — 2936.9) = —-196.6 kJ

Ans. Heat of formation of ethane = - 196.6 kJ mol -!

Worked Example—4.70 : Caiculation of Bond—energy from Heat of Reaction :
Calculate bond-energy of O-H bond from following reaction enthalpy or heat :
AH = 104 kcal (i)

AH = 120 kcal (ii)

AH = — 58 kcal .....(iii)

H,(g) — 2H (g);
0, (g) = 20 (g);
1
H; (g) +75 02 (g) — H,0 (g),
Solution : Dividing eqn. (i) by 2, % O () —> O (g), AH = 60 keal (iv) Adding (i) and
(iv) eqn, H () +% 0, (g) — 2H (g) + O(g), AH = (104 + 60) = 164 kcal ...... (v)
. . : | .
Writing eqn. (iii) oppositely; H;O(g) — Hy(g) + 502 (g), AH =58 kcal (vi)
Adding (v) and (vi) eqn, H20 (g) —> 2H (g) + O(g), AH = 222 l_ccal :
i Two O-H bonds are present in one molecule water (H20).

So 1 mol water contain 2 mol O-H bonds.
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Hence to break 2 mol O-H bonds energy required = 222 kcal.

. to break 1 mol O-H bonds energy required = 111 kcal.

So, O-H bond energy = 111 kcal mol-I.

Note that, 1 kcal = 4.186 kJ energy.

Worked Example—4.71 : Calculation of Heat of Reaction from Bond-Energy :

Bond energy of H-H, O=0 and O-H are respectively 434.7, 493.24 and 463.98 kJ mol~!.
Calculate heat of reaction : H; (g) +% 0, (g) — Hy0.

Solution : From given equation, it is clear that in this reaction; 2 O-H bonds form after
breaking 1 H-H bond and % (0=0) bond.

.. Heat of reaction, AH = — 2 AH (O-H) + AH (H-H) + % AHI(O=0)=rrere (1)
Given, AH (O-H) = 463.98 kImol-!, AH (H-H) = 434.7 kimol-!
AH (0=0) = 493.24 kJmol-!.
. From eqn (i), we get, AH = (- 2 X 463‘.9‘8) +434.7 + (% X 493.24) = — 246.64 kImol-.
. Heat of reaction = — 246.64 J mol.

4.20.1 Standard Heat or Enthalpy of Formation
Definition : The standard heat or enthalpy of formation of a compound is the change in

heat at standard states like 298K temp and latm pressure, when one mole of that compound is
formed from its constituent elements. It is denoted by H°; For example,

At 25°C and 1 atm pressure when carbon and oxygen react to form CO, gas. Here heat
produced, is 393.5 kJ.

C (s) + O, (g) = CO,(g); AH° = —393.5 kimol-!
Here Heat of reaction = Heat of formation of CO, compound = H®¢

- H°¢ = [Enthalpy of formation of CO,] — [Enthalpy of C + Enthalpy of O5]
or, H% = [H(CO,) - H(C) — H(O,)]; here 'H' means enthalpy of formation of each

substance.

Worked Example—4.72 : At standard state, heat of formation of CO; (g) and H;O (I) are
respectively — 393.5 kJ and — 286 kJ. At 25°C combustion heat of liquid ethanol is — 1366.9

kJ; then calculate heat of formation of liquid ethanol.
Solution : Thermochemical combustion reaction of ethanol is written as :

C,HsOH (1) + 30,(g) — 2CO0; (g) + 3H20 (I); AH =-1366.9 kJ

Cherﬁistry—First—69 ; -
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Enthalpy or heat of reaction, AH = [Enthalpy of product] — [Enthalpy of reactant]
- AH = [2 X H(CO,) + 3 x H(H,0)] — [H(C,H;OH) + 3 X H(O5)]
= [2 x H(COy) + 3 X H(H,0)] — [H(C;H;0H) + 0]
= [2 X H(COy) + 3 X H(H,0)] - H (C;H;OH) ... ... (1)
Given, H(CO,) = — 393.5k]J and H(H,0) = — 286kJ, AH = — 1366.9 kJ
Suppose, H(C;H50H) = xkJ
Now putting different values in equation (1), we get :
—1366.9 = [2 % (-393.5) + 3 X (-286]-x)]kJ
— 1366.9 = (— 787 — 858 — x) kJ
x = (- 787 — 858 + 1366.91) kJ = (-1645 + 1366.9) kJ
. x=-—278.1 kJ
So standard heat or enthalpy of formation of liquid ethanol = —278.10 KI.
Worked Example—4.73 : Calculate heat of formation of acetylene from followings and

give analysis whether it is exothermic or endothermic. :
(1) C(s)+0:(g) e CO(g): AH = - 393.5 kJ
1
(2) Ha(g)+70:(8) — H00); AH = - 286 kI

(3) GCH;() »r%o2 @ —3 2C0,(g)+H0(); AH=-1304KkJ

Solution : From eqn. (1) and (2), heat of formation of CO,, H,O are —393.5 and — 286
kImol-!. Suppose, heat of formation of acetylene = x kJmol-!

We know, Heat of reaction, AH = (enthalpy of product) — (enthalpy of reactant)
.. From equation (3), we get :

AH= [2 x H(CO,) + H(H0)] — [HC;H; + % x H(O,)]
or, — 1304 = [2 x (=393.5) + (- 286)] kJ - [x +%>< 0] kJ
— 1304 = [-787.0 —286]kJ — xkJ
or, x = [-1073.0 +1304]kJ = + 231kJ, .. Heat of formation of acetylene = + 23 1kJmol-!

Analysis : Here calculated heat of formation of acetylene is positive. So it is an
endothermic reaction,

' Worked Example 4.74 : Combustion enthalpy | A +2B @ AB,
of A, B and AB, are respectively — 394.55 kI, 4 2L (iv) [0,

(ii + iii) ¢
_ 50478 KJ and — 1109.17K]. Calculate AHf of

AB; from the given flow diagram :
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Solution : Reactions of different steps with value of AH :

(i) A + O, —3 AOy AH = — 394.55kJmol-};

@(iii) 2B +20;, — 2BOy; AH = - 594.78kImol-!;

(iv) AB, +30; 3 AO,+2BO, AH =-1109.17 kimol-;

From given diagram and question, main product is AB;

Now writing equations with (iv) as reverse and other two as follows :

(1) AO, +2BO; ——3 AB;+30;; AH =+ 1109. 17kJmol-!;

2)A+0, —— A0y IAH = — 394.55 kimol-1;

(3) 2B + 20, ——3 2B0O) AH = - 594.78 kImol~!;

Adding (1), (2), (3) equations, we get : .
AO; +2BO; + A + Oy + 2B '+ 20, — AB; + 30, + AO, + 2BO,; AH = 119%4 kJ mol-!
Excluding like components from both sides, we get —

.. A +2B— ABy; AH = 119.84 kJmol!
. Heat of formation of ABy, H’; =119.84 kImol-!.

Worked Example-4.75 : Calculation of Heat of Reaction from Heat of Formation :

Oxyacetylene wélding torches burn acetylene gas (C;Hj). Heat of formatim'a of C;H(g),
H,0(g) and CO,(g) are — 227.4 kJ mol-!, —241.8 kJ mol-! and —393.5 kJ mol-! respectively.
Calculate the standard heat of combustion of acetylene to produce CO,(g) and H,O(g).

Strategy : Write the appropriate balanced equation and then use the given data. -

Solution : The balanced equation is :

2C,H,(g) + 50,(8) — 4CO,(g) + 2H0(g),  AH=? 5

Pﬁtting the heat of formation of related compounds in the following equation.':

Heat of reaction, AH® = [Heat of formation of products] —

[Heat of formation of reactants]

-, AH° = [4AH{ (COp) + 20H{ (H;0)] - [2AH{ (GHy)J; [ AH{(02)=0]

= (4 mol) x (-393.5 kJ/mol) + (2 mol) % (-241.8 kJ/mol) — (2 mol) X (-—22’& kJ/mol)

= - 1602.8 kI :

From equation, for 2 mol acetylene heat energy = — 1602.8 kJ

. For 1 mol acetylene heat energy = (—=1602.8 + 2) = — 801.4kJ
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Worked Example- 4.76 : Two hyvdrocarbons P and Q each containing two C-atoms
respectively are sp® and sp? hybridised. Here standard heat of formation of compound Q,
CO,, H;0 (1) are respectively — 84, — 393 and — 220 kJmol-!. Standard combustion heat of
compound P is — 1370 kImol-!. i [Ctg. B. 2016]

(a) Calculate standard heat of formation of hydrocarbon P of stem.

(b) Which of P and Q compounds will be a better fuel; explain mathematically.
Solution : (a) Calculation of heat of formation of P hydrocarbon :

As per stem, hydrocarbon with two C—atoms sp? hybridised is C;Hg

From question, heat of combustion of C;Hg or P = — 1370 kJmol-!

Equation of combustion of C,Hg is :

CHs(®  + 20, —> 2C0,( + 3H0()

or, 2C;H; (g) + 70;(8 —— 4C0O;(g) + O6H;0O(g)
Heat of formation (QH"f_) of CyHg is calculated from its heat of combustion;

Heat of reaction, AH® = (Heat of formation of products)- (Heat of formation of reactants).
<~ 2 X (= 1370) kI = [4AH’; (CO,) + 6AH’¢ (H,0)] - [2AH®¢ (C2Hg) + 0]
5572 AH®¢ (CHg) =2 % 1370 kJ + 4 X (=393) kJ + 6 X (- 220) kJ

‘2 AH®¢ (CoHp) = (2740 — 2892) kJ = — 152 kJ

-« AH%¢ (CoHg) = (= 52 + 2) kJ = — 76 kimol-!

.. Standard heat of formation of C;Hg = — 76 kJmol-!
Solution—(b) : Which of P and Q compounds is a good fuel?

As per given stem, sp? hydridised two C-atoms' hydrocarbon is C;Hg and sp? hybridised
two C-atoms' hydrocarbon is C;H,. Heat of combusion of C;Hy is to be calculated from given
data. Combustion equation of C;Hj is :'

| CHi (g) + 30— 3C0x(g) + 2H;0(g)
.. AH = 2AH (CO;) + 2AH (H20) — AH(C;Hy) + 0
or, AH = 2x (=393) kJ + 2x (-220) kJ + 84 kI
or , AH = (— 786 — 440 + 84) kI = (- 1226 + 84) kJ
or, AH = — 1142 kJ

Again gram molecular manss of C,Hy = 28g
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.. Heat produced from 28g C,H,4 combustion = 1142kJ
. Heat produced from 1.0g C,H4 combustion = (1142 + 28) = [40.7 k]/g

From question, heat of combustion of C;Hg = — 1370 kJmol~!

Gram molecular mass of C; Hg = 30g

.. Heat produced from 30g C,Hg combustion = 1370 kJ

.. Heat produced from 1.0g C;H¢ combustion = (1370 + 30) =

So from 1.0g of P and Q, heat produced are respectively 45.7 kJ and 40.7" kJ. Between

two hydrocarbons, as a good fuel C;Hj is better,

e
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;.-_47 43 kj/g, t.hat of C2H6 == 45 42 k.Ug So. CH4 is

‘Proi:nlem-‘l 56(a) Calculate the heat of reactlon AH"- in .kllo_;oules for the synthes:s of
J}lme (CaO) from lunestone (CaCO3) an 1mportanl step m the manufacture of cement The
ﬁeat of fO"IIlﬂthl’l of CaCO;(s) CaO(s) and COz(g) are -1207 6 kamol -634 9 kIImol and
___'-kJ!mol respectwely [Ans 1792 kJ reactlon 1s endothermlc] .' .' gy
- AtBroblem-dl Sﬁ(b) Ca]culate the heat of reactlon of preparatmn of ethylene (C2H4) frOm
acetylene (Csz) I-Iere the combustlon enthalples of. acetylene, Hz gas, ancl ethylenea.re

ri

,—*1299 k]!mol -286 18 kJ!moI and —1411 lemol respectlvely [Ans -174 18 kJ]

4.21 Lavoisier and Hess's Laws

There are two |
law of conservation of energy. They are as follows :
er and Laplace's. Law

ss‘s Law of constant heat summatior!

thermo chemical laws which are based on Ist law of thermo dynamics_or

()F

[(1) Lavoisier and Laplace‘s Lawl

The first law of thermo chemistry expressed by Lavoisier and Laplace in 1780 is as
follows :

‘The change of enthalpy in a reaction is exactly equal to the change of enthalpy of the
reaction in the opposite direction, but their signs of enthalpy changes are opposite'.

Example-1 : In the preparation of one mole of CuO from copper metal and gasous
oxygen 157 kI heat is evolved.

Cu(s) + 1/2 Ox(g) —55 CuO(s) AH = -157 kJ
In the opposite reaction, that is decomposition of CuO, same amount of heat is absorbed.
CuO(s) — Cu(s) + 1/2 Oy(g); AH =+ 157 KJ

So all thermo chemical equations can be reversed, then the sign of the heat change is also

reversed, but its numerical value remains constant. Here the values of AH in two reactions are

equal but opposite in signs.

To explain the opposite signs of the change of enthalpy is the bond formation and bond
dissociation, the two opposite reactions. In the first case, to form CuO molecule, bond
formation between Cu atom and O atom occurs, bond formation is an exothermic reaction. In

the second case, to dissociate CuO molecule into its elements, absorption of heat energy is.
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required, it is an endothermic reaction which is opposite of exothermic. So in every case

change of heat is 157 kJ numerically.

[(2) Hess's Law of constant heat summation|

Russian scientist G.H. Hess (1840) put forward an important thermo chemical law, v
{is known by his name. Hess's Law of constant heat summation is as follows :

If a reaction can take place by single step or several steps, the overall change in
enthalpy is the same which ever route is followed with same initial reactants and final
products.

In other words, the net enthalpy change in a reaction does not depend on the path by

which the reaction takes place.

Explanation : Let us suppose that a reactant ‘A°

may be converted to a product ‘C‘ through two
different paths or routes. These reactions with

enthalpy changes have been shown in fig 4.30.

0 @ &) C | : (by single step)
i AH
(i) ® ——A E.I:I_l) C | : (by two stepy

So according to Hess’s Law we get : Law with enthalpy diagram.
6H| = AHZ + QH3

Fig.4.30 : Explanatibn of Hess's

Example : CO, gas may be prepared from carbon and oxygen in single step and in two
steps :

. : AH2 =-1105k]
Single step reaction : Reactants —
3 C, 0, C+120, @
C(s) + Ox(g) — CO,(g): AH| =—-393.5 kJ C+0,
Double steps reactions : : AH, =-393 5 kJ 0 +_1_ 0,
i) C(s) + 1/2 O5(g) —> CO(g); AHz = 110.5 kJ N2 A
(i) C(s) 2(8) (g8); AH; S AH, =-283KJ

(ii) CO(g) + 1/2 O5(g) — COx(g) ; AH3 =283.0kJ |  CO,

Adding (i) and (ii) we get the single step reaction :
C(s) + O,(g) — CO,(g); (AH; + AH3) = [- 110.5 + (-283.0)] = — 393.5kJ
~. AH, = (AH; + AH3) = — 393.5 kI '
Thus we see that both in single step and in double steps reactions, the enthalpy change is
the same. That is the algebric sum of enthalpy changes of multiple steps is equal to the -

entl:lalpy change in a single step of a reaction.
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4.21.1 {Application of Hess’s Law [

There are many applications of Hess's Law. Here addition, subtraction and multiplication
processes can be applied in thermochemical equations. Some applications are discussed
below:

1) Qg_tei'l_;_lin{i_tion'of enthalpy ef slow reactions & Some reactions are so slow that their
heat changes or enthalpies cannot be determined by any experiment. For example the
conversion of rhombic sulphur to monoclinic suiphur is so slow that heat of this reaction can
not be determined experimentally. But the heat of ccrubustion of both types of sulphur can
be determined. Using these data and Hess’s law we can calculate the heat of conversion of
rhombic sulphur to monoclinic sulphur.

Heat of combustion of rhombic sulphur and monoclinic sulphur are — 296.79 kJ and

— 297.08 kJ respectively :

(i) S (thombic)  +0,(g8) —— SO,(g) AH, = -296.79 k]
(ii) S (monoclinic) + O5(g) —  SOy(g) AH,; = -297.08 k]
Now subtracting equation (ii) from (i), we get :
S (thombic) —— S (monoclinic) AH =+ 0.29 kJ
. [To convert rhombic: sulphur to monoclinic sulphur + 0.29 kI heat will be absorbed.

(@_):D’_" _'-_mmatlon of I-Ieat of Formatiog : There are many cases where the heat of
formation can not be determmed by the calorimetric method. In such cases the heat of
formation can be determined by an indirect method and that is based on Hess’s Law i.e
algebraic summation of heat of reactions.

For example, the oxidation of S into SO, has the heat of formation, AH; = -297.4 kJ
mol-!. Again enthalphy of combustion of SO, forming SO3 is AH; = — 97.9 kJ mol-!. Now

the heat of formation of SO; from element S and O, can be calculated in the following way :

According to Hess’s Law : SO (g)

AH = AH, + AH,
= [-297.4 + (-97.9)] k] = -395.3 kJ

The same result can be derived by /
means of thermochemical calculations : b‘z\
(i) Conversion of S to SO, : @
S(s) + 0,(g) — SO2(g); AH, =-2974 kJ AH =?

(ii) Conversion of SO; to SO3: SO,(g) +3 Oz(g) —— SO4(g); AH; =-97.9 kKJ

Adding equations (i) and (ii), we get,
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S(5) + 3 Oa(g) —> SOs(g); AH = (AH, + AHy) = (-297.4 — 97.9) kI = -395.3 kJ
. Heat of formation of SO5(g) is — 395.3 kJ.

Worked Example- 4.77 : On combustion of natural gas methane with O, gas CO;and

water are produced. Using following given data, calculate heat of combustion of methane.

CH, (g) +0,(g8 ——3 HCHO(g)+H,0(g) AH®=-275°% kJ
HCHO (g) +02(g) —3 CO(®+H0(g)  AH®=-526°7kJ
H,0\(g)"  —tsSEH QD) AH® = — 44.0° kJ

Strategy : Hess's Law is to be used here
Solution :

CH, (g) + O, (g) 3 HCHO(g) + H0(g) AH® = — 275.6 kJ
HCHO (g) + 05 (&) 3 COy(g) + HyO() AH® = — 526.7 kJ
2[H20 (g)] —> HO O] 2[AH® = - 440 kI
Adding, CHy (g) + 202(g) —— COi(g)  + 2H0() AH® = — 890.3 kJ

~. Heat of conbustion of CHy, AH® = — 890.3 kJ. mol-!. So it is an exothermic reaction.

Worked Example-4.78 : Heat of combustion of methane is —890.3 kJmol-! How much
0, in gram will be needed for comustion of CH, to produce 1500 kJ heat? |

Solution : Equation of CHy combustion with Oy is:

CH, (g) + 20, (g) — CO, (g) + 2H,0(g); AH =-890.3 kJ

1 mol 2mol =2 X 32g _
From equation, 890.3 kJ heat is produced from burning methane with 64g O,

64 x 1500
503 & = 107.8288g 0,

~. 1500 kJ heat is produced from burning methane with
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'~1=|:02 (s) +250; (z) —> 2PbSO4 (s) AI-I" =i 775 kJ __
15 +H-;0(l)—>stO4 (aq) AH° == 113K [Ans.. - 549 kimol-1]

"Nz(E) +0® D WO@: e ww _ A
| 2NO; (g) — 2NO (g)+ Oz(g), . AR 2K [Ans. + 68 kI]

_ Practical : Student's Work.
With the guidance of a teacher, the following experiment is to be done by the students in
groups.
Expt. No. 14
Date i

4.22 Name of Expt. To determine Heat of Solution of Oxalic acid calorimetrically

(A) Principle : The enthalpy or heat of solution of a solute is defined as the change in
enthalpy of the system, when I mol of solute is dissolved in sufficient amount of <~lyent, so
that further dilution of that solution produces no more change of enthalpy. When one mole
of oxalic acid is dissolved in sufficient solvent water and the total volume is made into one
kilogram, then heat needed to rise temperature for each degree celcius is one kilocalorie i.e.
4.2 kilojoules (4.2 kJ). So when total change of temperature is t°C for preparation of one
mole oxalic acid for 1000g solution, then heat of solution of oxalic acid will be 4.2 X t kJ.
Again for preparation of 100 g solution ef 0.1 mol oxalic acid,—

Heat change = 0.42 X t kJ
: . f 0.42 x tkJ
- Heat of solution of oxalic acid = L

=0.42 x tx 10 kJ.
(B) Required Chemicals :
(1) Oxalic acid (C,H204.2H,0)' (2) water.
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(C) Required Apparatus : (1) Beaker (250 mL). (2) Thermometer, (3) Glass rod,
(4) Stand with clamp. (5) Measuring cylinder.
(D) Procedure :
(1) Molecular mass of hydrated oxalic acid. (HOOC-COOH.2H,0) is 126. So powdered
0.1 mol oxalic acid or 12.6 g oxalic acid powder is to be weighed in digital balance.
(2) In one 250 mL beaker take 87.4 mL water with measuring cylinder.
(3) A thermometer is placed in water of the beaker (fig 4.31) At this stage temperature of

water (t°C) is recorded.

What is calorimetry? The
unit of of heat is calorie; the
term ‘'metry’ means
measurement. The
instrumental process to

Stand H «—— Thermometer

glass rod
measure heat produced or
absorbed in a reaction is
known as calorimetry. The
le— beaker instrument is called

IR R water calorimeter which can
3 < ) — Oxalic o =) oppose rediation of heat.
{ acid g

F'ig. 4.31. Determination of heat of solution of oxalic acid calorimetrically »
(4) Now add 12.6 g of oxalic acid, already weighed into water taken in the beaker. Stir

with a glass rod slowly to dissolve the oxalic acid.
(5) When all the oxalic acid dissolves, then record the temperature of the solution (t )

from the thermometer.
(6) Now calculate the heat of solution of oxalic acid with the change of temperature

recorded.
(E) Observation data :
Amount of oxalic acid taken = 12.6 g
Mass of water taken in beaker = 87.4 mL or gram
Concentration of solution prepared = 1M

o
Initial temperature of water, t,C = X (suppose)

Temperature of oxalic acid solution, (t C) =y (suppose)

Calculatwn Change of temperature, t°C = (t; — t)’C = (x — y) C=2'C
Heat of solution of anhydrous oxalic acid,
AH = 0.42 x t°C x 10 kJ/mol
= 0.42 x z x 10 kJ/mol
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Heat of solution of anhydrous oxalic acid is an endothermic change. So the heat of
solution of anhydrous oxalic acid is positive.

Heat of anhydrous oxalic acid, AH = + 18.94 kJ/mol

Precautions :

(1) Dissolve anhydrous oxalic acid in water in a short time by stirring with a glass rod.

(2) Stir the glass rod carefully to save thermometer bulb from breaking by hit.

(3) Stirring the mixture of oxalic acid and water, should be uniform surrounding the
thermometer.

Recapitulation of Chapter
Green Chemistry : Green chemistry is a guide line based on internationally approved

twelve principles for chemical industries to reduce global warming and to produce better
global environment.

Rate of reaction : The rate of decrease of concentration of reactant or rate of increase of

concentration of product in unit time is called rate of a reaction.

concentration change of reactant or product -dc _ dx

Rate of reaction = time needed for that change = dtta dt

Activation Energy : The amount of energy necessary for molecules of any reactant to
take part in the chemical reaction is called the activation energy for the related reaction.

Catalyst : A substance, which accelerates or retards the rate of a chemical reaction and
remains unchanged in composition and mass is called a catalyst. The process of accelerating
or retarding the reaction is known as catalysis. -

Enzymes : Enzymes are tertiary globular proteins secrerated by living plant and animals
cells, which can accelerate the organic reactions specially in living organism.

Homogeneous and heterogeneous catalysis : When the catalyst and the reactants are in
the same phase, then the catalysis is called homogeneous catalysis. When the catalyst and the

reactants are in different physical states, then it is called heterogeneous catalysis, The
activation energy of a catalyécd reaction is less than that of a non-catalyzed reaction.

Industrial Uses of catalysts : With the use of catalyst large amount of chemical
compounds may be produced in a relatively short time. This reduces the production cost to a
great extent in industry. Different catalysts are used in (Ehcr'nical industries.

Reversible reaction : In case of a reversible reaction the reactants react with one another

to produce some products and again these products react with one another to produce the

reactants back.
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Equilibrium of chemical reaction : When a reaction among the reactants proceeds, after
some time the rate of reaction of the reactants to produce the products equals to the rate of
reaction of the products to produce the reactants back. This state is called equilibrium of a
reversible chemical reaction.

Irreversible reaction : When in a reaction all the reactants are converted to products, or
in other words the reaction proceeds in one direction, then the reaction is called an
irreversible reaction.

Dynamic Equilibrium : Even after attainment of equilibrium, both forward and backward
reactions continue to occur, with same rate. So equilibrium is dynamic.

Law of Mass Action : At a constant temperature, the rate of a chemical reaction at any
instant is directly proportional to the active masses (i.e., molar concentration or partial
pressure) of the reactants at that instant taking part in the reaction.’

Active Masses : Molar concentration of reactants or partial pressures of gaseous reactants
are called active masses of reactants.

Equilibrium constant : The ratio of the product of active masses of product to the
product of active masses of reactants at equilibrium state of the reaction is called the
equilibrium constant.

Ionic product of water : Water ionizes very slightly to produce hydronium ion (H3;0%)
and hydroxide ion (OH-). The product of molar concentrations of hydronium ions and
hydroxide ions produced from autoionization of water, is called ionic product (K).

Dissociation constant of acid (K;) : The mole fraction of a acid dissociated in aqueous
solution out of the total moles of acid dissolved in that aqueous solution is called dissociation
constant (K,) of acid.

Dissociation constant of base (K;) : The mole fraction of a base dissociated in aqueous
solution out of the total moles of base dissolved in that aqueous solution is called dissociation
constant (Ky) of base.

Arrhenius Concept of acid-base : An acid is a hydrogen containing compound which
gives hydrogen ion (H*) in aqueous solution. A base is a substance which gives hydroxide
ion (OH") in aqueous solution. j

Bronsted-Lowry Concept or Protonic Concept : An acid is any substance (molecule
cation or anion) which is capable of donating proton to any other substance. A base is any
substance (molecule, cation or anion) which is capable of accepting proton from any other
substance.

Conjugate base : The base, which is formed after the removal of a proton from an acid, is
called the tonjugate base of that acid. . .

Conjugate acid : The acid, which is formed by the addition of a proton to a base, is called
the conjugate acid of that base.

Relation of conjugate acid and base : The stronger the acid, the weaker is 1ts conjugate
base. Again the stronger the base, the weaker is its conjugate acid.
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Classification of acids : Based on constituent elements inorganic acids may be classified
in two classes (1) Hydracids and (2) Oxoacids or oxyacids.

Strength of acids : The strength of hydracids depends mainly on the size of the anion or
conjugate base. The larger the conjugate base, the weaker base it is and hence the stronger is
the acid. The strength of oxoacids depends mainly on two factors— (1) Oxidation state of the
central element and (2) electronegativity or size of the centra! element. The higher the
oxidation state, the stronger is the acid. When the oxidation state of the central elements are
same, then only the more electronegativity or smaller size of the central element determines
the comparative more strength of that acid. ‘

Indicator : Some organic compounds are used to detect the end point or equivalence
point in the acid-base titrations. These organic compounds show one colour in acidic medium
and another colour in basic medium. Such compounds are called acid-base indicators.
Indicators are methyl orange, litmus etc.

Buffer solution : The solution of two compounds, whose pH remains same, even after
addition of small amount of base or acid, is called buffer solution.

Thermo chemical equation : A chemical equation expressing states of chemicals and heat
change during the reaction is called thermo chemical equation.

Exothermic reaction : The chemical reactions, in which heat is evolved, are called
exothermic reactions. Example of exothermic reaction is burning of fuels.

Endothermic reaction : The chemical reactions, in which heat is absorbed from the
surroundings, are called endothermic reactions. Formation of HI is an endothermic change.

Internal energy : The total energy stored in a substance is called internal energy of that
substance. It is the summation of internal potential energy and internal kinetic energy both..

Enthalpy or heat content : It is a thermodynamic function, which is sum of internal
energy of a system and product of pressure and volume change of the system. It is expressed
as: H=E+PxAV.

(i) Heat content of reactants > Heat content of products —— Exothermic reaction

(ii) Heat content of reactants < Heat content of products — Endothermic reaction

Heat of Atomization : The amount of heat absorbed by one mole of a substance to

convert into its atoms at gaseous state is called heat of atomization.
Heat of reaction : The change in enthalpy that occurs in a reaction according to the
balanced equation in proper mole ratio of the related reactants, is called the heat of reaction.
Heat of formation of a compound : Enthalpy or heat of formation of a compound is
defined as the change in enthalpy when one mole of that compound is form.ed from its
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constituent elements. When the reaction is carried out at standard condition at 25°C and 1 atm
pressure the enthalpy change is called standard enthalpy of formation. Enthalpy of a reaction
= [Total enthalpy of formation of products] — [Total enthalpy of formation of reactants]

Enthalpy of combustion : It is defined as the change of enthalpy, when one mole of the
substance (element or compound) is burnt completely in oxygen at a definite temperature
and pressure. When the combustion is carried out at S.T.P, the change of enthalpy is called
standard enthalpy of combustion of that substance.

Heat of solution of a solute : It is defined as the change in enthalpy of the system, when 1
mole of solute is dissolved in sufficient amount of solvent, so that further dilution of that
solution produces no more change of enthalpy.

Heat of vapourisation : It is the amount of heat absorbed in transforming one mole of
the substance from liquid state to its vapour at its boiling point and at 1 atm pressure.

Heat of sublimation : It is defined as the change' in enthalpy when one mole of the solid
substance directly becomes vapour on heating.

Heat of neutralization : It is defined as the change of heat or enthalpy during the
formation of one mole of water by the neutralization reaction of required amounts of an acid
and a base. Heat of neutralization of strong acid with strong base is constant and it is
approximately -57.34 kJ. '

Bond enthalpy : The amount of energy required to break one mole of particular bond
between two atoms in the gaseous state is called bond energj or enthalpy of that particular
bond. :

Heat of Reaction = (Total bond energies in reactants — Total bond energies in products.)

Lavoisier and Laplace's Law : ‘The change of enthalpy in a reaction is exactly equal to
the change of enthalpy in the opposite reaction, but their signs are opposite.’

Hess's Law of constant heat summation : ‘If the initial reactants and final products
remain same in a reaction, then the net change of enthalpy in that reaction will remain same,
whether the reaction takes place in a single step or in several steps.’
~ Calorie : The amount of heat needed to increase 1°C (14.5°C — 15.5°C) of one gram of
water, is called one calorie. Again 1 calorie = 4.186 J (joule).

Answer to MCQ's :

41 () 42(d) 43((Mb) 44@d 45@) 46(c) 47 48(d) 49 (a
4.10 (d) 4.11 (d) 4.12 (c) 4.13 (c) 4.14 (b) 4.15. (d) 4.16 (b) 4.17 (b) 4.18 (a)
4.19 (c) 4.20 (c) 4.12 (a) 4.22 (b)



