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Q.10 For the reaction: Cas0,,,, —» Ca.':“ + 50:“, \

Calculate BH®,A5° and AG® at 25°Cusing the following data; and discuss its spontaneity.
Enthalpy of Formation:
a

210

B - - ol s —907.5“
1432.7 k), m-l:o,_w- 543.0kJ, 8H, =

Hi(casou () o} (sat)
[standard entropy: S{,.q, () = 106.73/K, S} s =-S5/ K Sy, = 41720/ K

Given Data:

Enthalpies of Formation [AH}):
s AH] (Ca50uy) = ~1432.7 ki/mol
o AH] (Ca'iy) = ~543.0 ki/mol

s BH}(SOM (ua) = ~907 5 ki/mol
Reaction:

—

CaS0uy —» Ca"p..i o T
Step 1: Calculate AH* (Enthalpy Change)
Using Hess's Law:

AH rairan =
AH " pocion =

SAH;(products) - JAH; reactants)
[8H] (Ca™) + &H] (SO4)] - [8H] (CaSO4))
O spcren = ((-543.0) + (-907.5)) - (-14327)
OH % pocren = =1450.5 + 1432.7 = -17.8 W/mol
(Negative sign indicates the reaction is exothermic.)
Step 2: Calculate A5” (Entropy Change)
Using standard entroples:

wmten ® 35 et = §5 usma)
BSsmcren = [S”(Ca™)) + §°(S047)) - (5" (CaSOM))
BS s = [(-55.2) +(17.2)] - [106.7]

BS wwron = =380-1067=-1347
[Negative sign means the system becomes more ordered.)
Step 3: Calculate AG* (Gibbs Free Energy Change)

Using the Gibbs-Helmholtz equation:

AG® = AH"-TAS
Convert units for consistency:

AH* =
Substitute values at T = 298 K

AG* =

=17.8 kJ/mol = 17,800 J/mol

=17,800 - (298=~144.7)
AGe = =-17,800 + 43,120.6 = +25,320.6 J/mol
AG* = +25.32 /mol

(Positive sign means the reaction is non-spontaneous at 25°C)

+ AH"=-17.8 W/mol (Cxothermic, favorable)

* AS* = ~144.7 }J/K-mol (Decrease in entropy, unfavorable)

o AG" = +25 32 ki/mol (Positive, non-spontaneous at 25°C)
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ADDITIONAL SLOs BASED MCQs

which of the following substances have zero value for their standard enthalpy of formation?

A Oy B. H;0 C Zn0 D. None of these
Calorie is equivalent to:
A 4.18) B. 4,18k C. 0.418) D.0.418W

gEnthalpy of neutralization of all the strong acids and strong basis has the same value due to:

A The formation of salt and water B. The formation of salt

€ The complete ionization of acids and bases D. The combination of H* and OH™ ions to form water
Total heat content of a system Is called:

A Enthalpy B. Internal energy C. Heat D. State function

Heat of a substance Is always negative: o

A Formation B. Combustion C. Decomposition D. Solution

A balloon filled with oxygen is placed in a freezer. Identify system:

A Balloon B. Oxygen C. Freezer D. All of these

Abomb calorimeter is used in ____ calorimetry:

A Constant volume B. Constant pressure C.Bothaandb D. Constant temperature

Born Haber cycle is used to determine lattice energles of:

A Molecular solids B. lonic solids C. Covalent solids
Enthalpy of combustion for C is =393.5 kJ mol*
Gy * Ong —>» COny

AH’ Camtmntion = =393.5 KWmol™!

Enthalpy of formation of CO; would be:

A +3935K

C Zero

D. Metallic solids

B.-3935k

D. Cannot be predicted form the given equation

Which of the following is not a state function of a system:

A.Thermal energy at constant pressure B. Enthalpy

C Internal energy D. Work done

For writing a thermochemical equation for enthalpy of combustion of an element requires:

A 1 mole of element as reactant B. 1 mole of oxide of element as product

C. Standard states of all the substances D. Balanced equation of 1 mole of element z

For the reaction NaCl—"=—Na; +CI, the change In enthalpy is called: .L

B. Heat of formation C. Heat of combustion  D. Heat of solution

Which one of the following equations correctly defines the enthalpy change of formation of car®en
monoxide?

A Heat of reaction

A €, +20,, —»CO

2 w 8.C, +0,—C0,,

1
C G, +CO, " —-—bZCO“I D. Cu, +i-o,,u—»com
AH will be given a negative sign in:
A. Exothermic reactions
C. Decompositign reactions
Hess's law may be represented mathematically as:

A LAH=0 B.IAG>0

B. Dissociation reactions
D. Endothermic reactions

C TAH=0 D.EAH<0
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Answer Key with Explanations &=

Explanations

The standard enthalpy of formation of an element In molecular form Is zero. Ozone (0,)
1 ¢ molecular form of oxygen so its standard enthalpy of lormation Is rero. "
1 Calorie = 4.184 Joules ey
2. A | 15-0.2390 cal
Enthalpy of neutralization Is merely the heat of formation of one mole of liquid wm
lonic compaonents,
3. [} H';" +OH, sge=> H,0y, ANl = =57.4 k) mol!
Enthalpy of neutralization for any strong acid with a strong base s approximately the same |,
-57 4 kJ mole !
The sum of internal energy (£) and the product of pressure and volume (PV) Is m“l'm
of the system ”
Ll A H=E+PV
« Enthalpy is a state function,
s Enthalpy is measured in *Joules.”
5 s All combustion reactions are exothermic In nature so enthalpy of combustion is alviayy
' negative.
6. 8 | Oxygen is the system while balloon, freezer ete are surroundings. e
Constant volume calorimetry Is used for accurate determination of the enthalpy of combustion fr
7. A food, fuel and other compounds, A bomb calorimeter is used for this purpose. Chemical reaction iy
a bomb calorimeter takes place under constant volume conditions.
8. B Born Haber cycle is used 1o calculate lattice energy of binary ionic compounds like M* X",
9 | The Biven reaction Is combustion of carbon as well as formation of CO; from Its elements. 5|
) 393.5 kJ mol ' is not only enthalpy of combustion of carbon but also enthalpy of formation ofco,
10 o Work done depends upon path adopted to bring about change, so It Is not state function |
= Similarly, heat, emf of cell are also not state functions.
For writing thermochemical equation for enthalpy of combustion: g
(1) Write | mole of the element of compound and oxygen as reaclant.
. D (il) Write oxides of the given element or oxides of elements present in the compound as products,
(fil) Show standard states of all the substances.
(lv) Finally, balance the atoms.
12, o |1 mol of lonic solid is completely dissolved In minimum amount of H:0 so energy
change is called enthalpy of solution.
13. A | According to definition 1mol of CO Is being formed from element in their standard state.
14. A | For exothermic reaction, enthalpy of reaction is shown by negative sign.
15. C | Definition of Hess’s law, summation of enthalpies of cyclic process must be equal to zero.

ADDITIONAL SHORT ANSWER QUESTIONS

Q.1 Define electron affinity. Give example.

Ans. Electron Affinity (AH],)

The first electron affinity Is the enthalpy change invelved when 1 mole of electrons is added to]
mole of gaseous atomns to form 1 mole of gaseous uni-negative lons under standard conditions,

Example:

Electron affinity of chlorine atom.

Cry+ € —Cl"  AH =-348.8 KW mol”

Since, energy Is released, so first electron affinity carries negative sign.
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al what ls calorle content?

’-""'""-—__ . .
T Calorle content: The calorie content of food is a measure of the e nery ‘roleased’ when the food is

completely consumed in the body,
« This energy s typlcally expressed in units of kilocalories (k cal) or joules (1),

-(IJ what Is meant by lattice energy? Glve example,
Fns. Lattico Energy (AHuy)

“The lattice energy of an lonic crystal Is the enthalpy change Involved when one mole ol the lonic
compound Is formed from gaseous lons under standard conditions *
gxample:

Naj, + Cf —NaCl AH = ~747kImol !

a—
a4 What do you know about entropy?

a
Ans. Entropy 1s a measure of the number of ways energy can be distributed within a system at a specilic
lemperature, (OR)
Entropy can also be thought of as a measure of the randomness or disorder of a system
« When the energy Is distributed in more ways, a system Is more stable.
« The higher the randomness or disorder, the greater the entropy of the system,

I
a5 The sign of change In free energy (AG) of a process can be used to predict the spontaneity of that
process. How?

Ans. The sign of change in free energy (AG) of a process can be used to predict the spontaneity of that
process, when;

() HaG<0 (-ve), the given process may occur spontaneously

(1) 1 AG > 0 (+ve), the Indicated process cannot oceur spontaneously; instead, the reverse of it may occur.

(i) If AG = O, neither the indicated process nor reverse of It can occur spontaneously. The system s in
a state of equilibrium

a6 Define: (1) Standard Enthalpy of reaction with one example.
(i) Enthalpy of a system with an example.

“Ans. (1) Standard Enthalpy of a Reaction:
“The enthalpy change which occurs when the certaln number of moles of reactants react together
completely to give the products under standard conditions |Le. 25°C (298K) and one atmosphere pressure Is

called standard enthalpy of reaction.” It Is represented by AH®. All the reactants and products must be in
thelr standard physical states.

o Its unit is k) mole™’,

A Exothermic Reaction # Endothormic Reactlon
T foactanta H, T Products M,
|Gain In emthalpy

Incroasin Incroasing AH in poaltive
on|hllpyn enthalpy \HuH, - H = +ve
Reactants
Enthalpy changes In thermochemical reactions
Example:

Hiig #1/2 Oy » Hi0yy AH® = ~285.8 k) mol !

-285.8k) mol™! Is standard enthalpy of reaction.
(1) Enthalpy of the system:
“The sum of Internal energy (E) and the product of pressure and volume (PV) Is called enthalpy of the system.”
Formula: H=E+PV
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Q.7 Define enthalpy of formation (AH}). Glve two example.
—

Ans. Enthalpy of Farmation (AH}):
. “The amount of heat evolved or absorbed when one mole of compound is formed from its elements Under

standard conditions of temperature and pressure is called standard enthalpy of formation (AH]) of a COMpoung »
« All the substances Involved are in their standard physical states.

= The reaction is carried at standard conditions i.e. at 250C (298K) and one atmospheric pressure,

1
Examples: (i) Mgy) +3 Ozp——> MgOy  AH; = -692 k) mol™
(i)  Cu+Oug— COyy AHj= -393.7 k) mol™
Q.8 State with one example enthalpy of combustion. e
Ans. Enthalpy of Combustion: T

“The amount of heat evolved when one mole of a substance Is completely burnt In excess of oxygen under
* standard conditions is called standard enthalpy of combustion of a substance (AHZ)."

o Its unitis k) mol%.

Example:

Standard enthalpy of ethanol is —1368 kJ mol.
C:HsOH + 30;@ — ZCOm, + 3H;O{‘1
Enthalpy of Solution:
L:"The amount of heat absorbed or evolved when one mole of a substance Is dissolved in so much solveny
*that further dilution results in no detectable heat change is called standard enthalpy of solution (AHZ,)."
- Its unit is k) mol™,
Examples:(i) Enthalpy of a solution of NH:CL = +16.2 k) mol™.
(i) Enthalpy of solution of Na;CO; = —25.0 ki mol™,

AH; =-1368 kI mol™?

Qe ':ﬁne enthalpy of neutralization. Why Is enthalpy of neutralization of strong acld and strong bas:f;
. ays =57.5 kJ mol™'?

Ang. Pnthalpy of Neutrallization:
Enthalpy of neutralization is the amount of heat evolved when one mole of hydrogen ions H* from an acid,
Eeact with one mole of hydroxide OH™ ions from a base to form one mole of water.
H'\) + OH, —H,0,, AH=-57.4 ki mol"
All strong acids and bases ionize completely in aqueous solutions providing equal number of H* and OH-
ions depending upon concentration of solutions.
50 a net result of neutralization Is just the formation of water from its ionic components.

For all strong acids and bases with equimolar concentrations of ions, the value of heat of neutralization is
samei.e., —57.4 k mol™ or 13.2 Kcal mol™,

Q.10 Define the terms standard enthalpy of neutralization and standard enthalpy of atomization.
Ang.~€nthalpy of Neutralization: .

*The amount of heat evolved when one mole of hydrogen ions (H*) from an acid, react with one mole of

“hydroxide ions (OH™) from a base to form one mole of water under standard conditions is called standard

gnthalpy of neutralization (AH])."

mple:
strong acid HCL and a strong base NaOH ionize completely in dilute solutions as follows:
: HCL (g ==Hjy + Cliq

NaOH,, ==Naj,y + OH,

[
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when these solutions are mixed together during the process of neutralization, the only change that
actually occurs is the formation of water molecules leaving the sodium ions and the chloride lons as free
jons In solution. Thus, enthalpy of neutralization is merely the heat of formation of one mole of liquid
water from its ionic components.

W'm +C t[onl " Nal.iq) * OHI'NJ ‘_Nat:!I + C{I.m * Hlom

Hisy + OHjpqy ==H,0,,, AH_ =-57.4 ki mol”*
gnthalpy of neutralization for any strong acid with a strong base is approximately the same.
j.e.-57.4 k) mole™, '
Enthalpy of Atomization:
"The amount of heat absorbed when one mole of gaseous atoms is formed from the element under

standard conditions is called standard enthalpy of atomization of that element (AH],) .”
o lts unit is k) mol™2,

example: The standard enthalpy of atomization of hydrogen Is
YiHig — Hy AH, =218 k) mol™

A wide range of experimental techniques are available for determining enthalpies of atomization of
elements.

Q.11 Define Hess's law of constant heat summation.

Ans. Hess's Law:

U

)

“If a chemical change takes place by several different routes, the overall energy change is the same, regardless

of the route by which the chemical change occurs, provided the initial and final conditions are the same.”
Mathematical Form: ZAH(cycle)=0

Examples:
Formation of Na; COy:
Single Step Process:

2NaOHuq) + CO3gy ——> N22C0xeq) + HiOyy AH=-89.0B kJ

Two Steps Process:

NaOHuq) + COzigy ———> NaHCOj(aq) AH;=-48.06 kJ

NaHCOs(eq) + NaOH{aq) ———> N23;CO3q) + HiOry AH; = -41.02 k)
According to Hess's law  AH = AH, + AH;
Putting the values of AH, AH; and AH; in the equation.
—89.08 = -48.06 - 41.02
-89.08 =-89.08 K
Enthalpy of Formation of CO:
Single Step Process:
Cleraphne) + Oz ——> COx¢g)
Two Steps Process:
[#) + %03 » CO
€O + %0z —> COuy
According to Hess's law

AH = 393 KJ mol”

C+0;

AHigraphae) ==393.7 k) mol™?

AH(CO) =7
AH,(CO;) =-283 ki mol™?

AH = AH; + AH;

AH, =AH; - AH
=-393 - (-283) L
=-110 ki mol™

So, the enthalpy change for the formation of COy) = -110.0 ki mol™?
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Q.12 Differentiate between Atomization energy and Lattice energy.

Ans. Atomization Energy:

The energy required to convert a substance in atomic state is called atomization energy. It is alw,ﬂ
endothermic in nature.

1
"i'Hz;u _‘-’Hu| ASH: = 218 ki mol™
Lattice Energy:

“Enthalpy of formation of one mole of crystalline ionic compound from gaseous ions under stand;y
conditions is called lattice energy.”
Nay, +CLi, —>NaC/ AH,, =-787 kI mof™*

OR
“Energy required 1o break one mole of crystalline ionic compound into its gaseous ions at standgey
conditions is called lattice energy.”

NaCt,,, —»Nay, +Ci7,) AH=+787 Kk mol™

——

Q.13 Define heat capacity of a body. Give its mathematical expressions.

Ans. Heat Capacity: “The product of mass and specific heat of water is called heat capacity of the whoj
system.” It is represented by ‘c’.

cC=mxs$§

00009
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Total Mark: 30
ﬁ_:l_rde the correct option. (1x6=6)

Wh of the following reactions is exothermic?
A. Photosynthesis B. Electrolysis of water

0] The enthalpy change for a reaction depends on:
A Pathway taken from reactants to products
B. Presence of a catalyst .
C. Ininal and final states of the reactants and products
D. Rate of the reaction

(ii) Which statement about bond energy is true?
A. All bond energies are exact
C. Some bond energies are average values

C. Combustion of methane D. Melting of ice

B. Bond energy is always negative
D. Bond energy equals entropy change

Which of the following processes would typically result in an increase in entropy of the system?
A Freezing of water
B. Condensation of steam
C. Dissolving a solid in a liquid
D. Formation of a crystal from a saturated solution
(v) Forareaction to occur spontaneously,
A. (AH = TAS) must be negative
C. AH must be negaltive.
(vi) The term “standard conditions" means:
A.273Kand 2 atm B. 100°C and 1 mol

Q.2 Write short answers of the following questions.

(i) Define Standard enthalpy of atomization.

(i) Explain why energy is released when new bonds are formed.

(iii) How does ionic radius affect the enthalpy change of hydration?

{iv) Write down the formula for calculating heat using mass, specific heat capacity, and temperature change.

(v) Differentiate clearly between entropy (S) and Gibbs free energy (G).

(vi) What factors influence the magnitude of the lattice enthalpy?

(vii) The enthalpy of solution can be either positive or negative. Explain what a positive AH,« and a
negative AH,y indicate about the energy changes during the dissolution process.

(vili) How the calorie value of food is related to enthalpy change?

)

B. (AH + TAS) must be negative.
D. AS must be negative

C.298Kand 1 atm D. 298 K and 760 mmHg

(2x8=16)

Q.3 Extensive Questions. (2x4=8)

(a) State and explain Hess's law. Give its two applications.

() When 0.400 g NaOH is dissolved in 100.0 g of water, the temperature rises from 25.00 to 26.03°C.
Calculate: (i) Quater, (it) 8H for the solution process

—eojo—
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Student Learning Outcomes ~

L]
L]

l

After studying this chapter, students will be able to:

gxplain the rate of reaction, and rate constant. (Understanding)

Use experimental data to calculate the rate of a chemical reaction. (Application)

Use the Boltzmann distribution curve to explain the effect of temperature on the rate of a reaction.
(Understanding)

pescribe the effect of temperature change on the rate constant and rate of reaction. (Understanding)
Explain the concept of activation energy and its role in chemical reactions. (Understanding)

Explain the concept of catalyst and how they increase the rate of a reaction by lowering the activation
energy. (Understanding)

Interpret reaction pathway diagrams, including in the presence and absence of catalysts. (Application)
Use rate equations, including orders of reaction and rate constant. (Application)

Calculate the numerical value of a rate constant using the initial rates and half-life method. (Application)
Suggest a reaction mechanism that is consistent with a given rate equation and rate determining step.
(Understanding)

Explain the relationship between Gibbs free energy change, AG® and the feasibility of a reaction.
(Understanding)

»

Itis a common observation that rates of different chemical reactions differ greatly for example, the reaction of

NaCLwith AgNO, is very fast. The hydrolysis of ester proceeds at a moderate rate. Whereas, rusting of iron is a
slow process.

.

s

»

v

Reaction Kinetics:

"The branch of chemistry which deals with rates of chemical reactions, factors that affect the ratez of
chemical reactlons and the mechanisms of reactions Is called reaction kinetics.”
Chemical Reaction:

“The breaking of pre-existing bonds and the formation of new bonds Is called chemical change or
chemical reaction.”

Types of Chemical Reactions

Very Fast Very Slow Moderate
Reactions Reactions Reactions
= Neutralization » Rusting of Iron » Esterification

Reactlon kinetics is the study of the rates of chemical reactions.
Domain of Reaction Kinetics:

It includes a variety of experimental methods for measuring reaction rates, orders and mechanisms of
reactions.
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rusting of iron Is a slow process that may take days or months. The rates of
reactions occurring during the explosion are enormous.
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The rates of reactions and their control are often important in industry. They might be the deciding ...
that determine whether a certain chemical reaction may be used economically or notl. Mary facren

influence the rate of a chemical reaction. It is impartant to discover the conditions under whies,

reaction will proceed most economically.

COLLISION THEORY

LM

Collision theory explains how reactions occur.
Main Postulates of Collision Theory

(i) According to this theory, for a chemical reaction to take place,
the particles atoms, ions or molecules of reactants must form a
homogeneous mixture and collide with one ancther. Thase
collisions may be effective or ineffective depending upon the

energy of the colliding particles. When these collisions are 1o collizion theory?

—

@ Rack Your Mind!
) m;tmmhm!y,
coifision to be effective acceezey

effective, they give rise to the products, otherwise the colliding
particles just bounce back.

—

(i) The effective collisions can take place only when the coliding particies possess Ceram ameur: o

energy and they approach each other with the proper orientation

Activation Energr The minimum 2mount of energy, required for an effective collision betwees o

reacting species, is

are not equally effective.

Y
h|acuvahdcompm E-.

T Id!v:hdmph:
2 8..
- e 2..

=
% -—J- 'E" T.Pmmqn
Sty i
e LH at
i L T
Products

C lh-ﬂ-le-“_'x C l-ﬂ-nm__'

fa) Ezotrarmic Pasctcn (8] Ercoter—m Pasmon

Figure: A graph between path of reaction and the potental energy of the reaction

is called activation energy. Most of the reactions are slow, showing that 2ll the colize,

It is important to note that the process can be undersiood with the help of a graph between the pan &
reaction and the potential energy of the reacting molecules. If the collision is effective, then the molecie
flying apart are chemically different otherwise the same molecules just bounce Back. The reactants rec
the peak of the curve to form the activated complex. Only, the colliding molecules with proper actwaser

energy, will be able to climb up the hill and grve the products.
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B Quick cHECK 7.1
Winat role does the activation energy play in chermical reactionn?
poie of Activation Energy in Chemical Reactions

. ; .
Activation energy (E,) i3 the minimum energy reguired for reaciars moiecies 10 NGRS & DALUEE

collsion and form products. It plays thres key roles
1. Determines Reaction Feasizility
s Only molecuies with energy z €, Can overcome the ermegy Barrer and react
o Example: Combustion of paper requires heat (£,) 1o
2. Coﬂttok Feaction Ratse

- gher £, — Fewer molecies haue oo SRR — St 1eC0n

:_v‘a g, They dr- a‘o [ b’ et A

e LowerE, —» More moiecules can resct — Fagtier reaction

3. Explains Temperature Dependerce

» InCreziing lemperature rames the fraction of moleces wh £ z E, [per the Boltzmann

distribution), speeding up reactions

*  Catelysts lower E, 1o aoceienate reacons (e g, enzymes o ooy,

*  Explosions cccur when £, s very low [ragid reiease of energy,
Eguation (Arrhenius):

k= peaT

Where:
e k=FPateconstanmt
o A= Frequency factor (collisicn/orientation)
¢ R=Gasconstant
o T=Temperature
In short: Actr/ation energy is the "gatsresper” of chemical reactions
How does the activation energy a*fect the rate of reacticn?
Effect of Actiration Energy on Reaction Rate
Actiration energy (E,) cirectiy controls how famt 3 reacion procesds Dy determa
moecuies with ENCUEh energy 10 react Here's how,
1 Energy Barrier:

s  Only molecules with kinetc energy z £, can overiorme the tarmer and form prodecis
2. Boltzmann Distribution:

* Atz greEntemperaturs, fewer molaciles Pave ereriy 2 E. # E, is high — Siowsr reaction

= ol A

the fraction of

*  Llowenng £, [eg, with 3 cataly) rorsases the fraction of "surcesstdT colisiors — Saer reaction,

3. Arrhenius Equation:
fate x g™
* HigherE, — Ligorentzl cecrezse = rate
*  LowerE, — Suporentizl morzzse mree
Example:
«  Combustion (low £} F2ct 21 roc— temoeestrs.

* Diamond — Graphite (high £,k Srire—ely sow (t3ees Bllons of years)

I
|
|
i
|
i
.
J
i
i
i
i
|
|
i
|
i

i
i
i
|
|
|
i
i
i
i
i
|
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RATE OF REACTION

During a chemical reaction, reactants are converted Into products. So, the concentration of m
increases with the corresponding decrease in the concentration of the reactants as they are being CONsumgy '
Definition:
“The m:e ofa r;:c:::r; f's :eﬁr:d; :s t:ne dw:ge in the concentration of a @ Rack Your Mings
reactont or @ ivide e tim " - ———
P Y e taken for the change. 2.1 the concentration o
decreases from 1.0 mol/dm ta oy ‘

Formula:
mol/dm? In 20 seconds, why; ki
rate of reaction? ™
A4)0.02 mol/dm” s B)O 04 moyy,., |
€10 06 mol/dm*s D0 08 moy/g, |

change in concentration of the substance
time taken for the change

Rate of reaction =

1
vl

: Ox
Rate of reaction = —
ot

Where Ax is a very small change in the concentration of a

reactant or a product in a very small time interval At.

»  Explanation with the Help of Graph:
The situation 15 explained graphically in Figure for
the reactant A which is changing irreversibly to the
product B.

v A ———e [}
Concontralion B

of product /“'—_\‘“
|

Concentration of reactant
A———— B /

The slope of the graph for the reactant or the
product is steepest at the beginning. This shows a
rapid decrease in the concentration of the reactant | o
and consequently, a rapid increase in the
concentration of the product. As the reaction
proceeds, the slope becomes less steep indicating
that the reaction is slowing down with time, ultimately both the curves become parallel It means thar s,
rate of a reaction 1s changing every moment. This is the stage of completion of reaction

»  Units of Reaction Rate:
The rate of reaction has the units of concentration divided by time. Usually, the concentration is expregys

in mol dm ' and the time in second, thus the units for the reaction rate are moldm s '

X

Tima
Figure: Change in the concentration of reactanty

and products with time for the reaction A - p

—

Rate of reaction -] =moldm s
seconds
»  Units for Slow Reactions:
For a slow reaction the units may be mol dm™'min™ or even moldm " h™'. For a gas phase reaction, uny
of pressure are used in the place of molar concentrations.
»  Rate of General Reaction:

The rate of a general reaction, A — B, can be expressed in terms of rate of disappearance of the reactanta
or the rate of appearance of the product B mathematically, where [A] and [B) are the concentrations of A

and B, respectively.
alA alB
Rate of reaction = -_IL_] = +_ﬁ[t_]

e The negative sign with indicates a decreasa in the concentration of the reactant A

e Since the concentration of product increases with ume, the sign in rate expression Involving the
change of concentration of product is positive.

= Instantaneous and Average Rate

* Instantaneous Rate: The rate at any one instant during the interval is called the instantaneous rate

e Average Rate: The average rate of reaction is defined as, "The rate of reaction between two specifc
time intervals or the rate over a time period”. The average rate and instantaneous rate are equal for
only one instant in any time Interval.

SCHOLAR T CHEMISTRY (11")

« Atfirst, the instantaneous rate Is higher than the average rate
« Atthe end of the interval the instantaneous rate becomes lower than the average rate
Differences Between Instantancous Rate And Average Rate

C Instantancous rate

Average rate

. The rate at any one instant during the interval is
called the instantaneous rate

The rate of reaction between two specific time
Intervals is called average rate

average rate.

dx Ax
. Instantaneous rate = dt s Average rate = At
. At first, the instantaneous rate is higher than the [ e Al the end, average rate Is higher than

Instantaneous rate.

sample Problem 7.1

The reaction for the formation of ammonia in Haber process Is:

N,m +3H4

|, Calculate the instantaneous rate after 1.0 min

e)

—DZNH’“)

ji. Whatls the average rate of production of ammonia for the system, between 1.0 and 4.0 minutes?

solution:

The instantaneous rate at 1.0 min can be calculated as:

Instantaneous Rate = —

aC 2.7 mol-dm™
At 1min

=2.7 mol-dm™ min*

If the concentration of ammonia is 3.5 mol dm™ after 1.0 min and 6.2 mol.dm™ after 4.0 minutes?

Solution:
AC = A[NH,]=(6.2-3.5)motdm™;
A1=(4.0-10); at=3.0 min

AC_A[NH,] 2.7 moldm
|

f formation of NH
ey " ' 3 min

Ac=2.7 moldm™®

=0.90 mol dm 'min"’

The rate of production of NH, gas over the given time interval is 0.90 mol dm’ min'.

' - —— e ——— — ——— - — Ty T - — - ————— =

1 Given Data:
Reaction:

= Initial [1;) (at t = 0 5): 0.010 mol dm™*

* Final [1,] (at t = 100.0 s): 0 0080 mol dm™?

* Time interval (At): 1000s

Step 1: Calculate A[l;] (Change in Concentration)

Step 2: Average Rate of Reaction (w.r.t. I3)
Average rate = -A[l)/at
= =(~0.0020 mol dm™*/100.0 5)
= +2.0x10"* mol dm™* ™!

' QUICK CHECK 7.2

1 The reaction of hydrogen and iodine to make hydrogen iodide at a particular temperature, Hy +hy = 2Hl,
! was studied at various times. At 100.0 s after the start of the reaction, the iodine concentration had fallen
| trom 0.010 moldm™ to 0.0080moldm™. What is the average rate of reaction during this period?

Mg * lagi —» 2Hly,

o All:)=]1) s [13)ewnat = 0.0080-0.010 = -0.0020mol dm™?

e average rate of reaction during this period is: 2.0 x 10°* mol dm 5™

o — e —— e — e — . — — -
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Chapter 7 2 Reactlon n%

'-"_'"’_'_'_-—.--—---—-_—;-—:‘:}

“ ) At [Hi) = 0.02 mol dm™*
Tangent points (example):
+ (503%,0.00mol dm™)
= (1505, 0.04 mol dm™’)

004-000 004

Rate = =——=4.0x10"moldm s’

150-50 100
3. Observations
* Constant rate? The examples assume a linear concentration-time curve (constant rate),
* Real-world cases: Rates typically decrease over time as reactants deplete. If the cyny, 5
nonlinear:
= Early stage (low [HI]): Faster rate (e.g., 6.0<10),
= Late stage (high [HI)): Slower rate (e.g.,, 2.0 x 10).
4. Key Notes
*  Units: Always in mol dm™ 572,

|

]

|

L]

I

]

|

]

|

I

|

L]

|

]

|

L]

|

I

! =  Assumptions: Actual rates depend on experimental data.

| Final Answers:

i » At [HI]=0.10 mol dm™; 4.0%10™ moldm™s™

" « At [HI] =0.050 mol dm™: 40210 moldm™s™*

! » At [HI] = 0.02 mol dm™%; 4.0%10™ moldm™s"*

|d) Whatdoyou deduce about the rate of the reaction with time from these calculations?
1 Ans. From these calculations, we can deduce the following about the reaction rate over time:
| 1. Constant Rate (Linear Concentration-Time Curve)
: If the rate is the same (4.0x10*moldm™s™) at all concentrations (0.02, 0.05, and 0.10 mol dm),
! this suggests:

l = Zero-order kinetics with respect to Hi (rate is independent of [HI]).

1 = The reaction does not slow down as products accumulate or reactants deplete.

| 2. Practical Implications

. Likely controlled by external factors:

! * Example: A catalyst surface is saturated (e.g., Hi + I; on platinum), where the rate depends only
| on catalyst sites, not concentrations,

' = Uncommon for elementary reactions: Most reactions slow over time due to fewer reactant
| collisions.

' 3. If Rates Were Different (Nonlinear Curve)

! In real-world cases (nonlinear [HI] vs. time):

| = Decreasing rate over time: Indicates first/second-order kinetics (rate depends on [reactants))

8 * Early stage (low [HI]): Faster rate (more reactants).

| « Late stage (high [H1]): Slower rate (reactants deplete).

' The constant rate here implies a zero-order mechanism for Hi formation under these conditions.

| e)  Atwhich concentration, the rate is highest, and lowest?

! Ans. Highest and Lowest Reaction Rates

! From the given calculations (assuming a linear concentration-time curve):

| * Rate is constant (4.0x10~* mol dm™ s7!) at all [HI] (0.02, 0.05, 0.10 mol dm™?).

1 * No difference in rate—neither highest nor lowest.

| If the Curve Is Nonlinear (Typical Behavior):

' 1. Highest Rate:

! * Atlow [HI] (e.g., 0.02 mol dm™?) early in the reaction.

| *_ Reactants (Hy and 1) are abundant > more frequent colisions.

1

|

i

Slope: i
i

i

]
|

]

|

(]

|

]

|

= Stolchiometry: For I; consumption, divide Hi rates by 2. *l
1

|

]

|

(]

|

)

|
i
i
i
|
i
!

SCHOLAR 2 CHEMISTRY (11)

)

a)

b)

—
=" 2, LowestRate:

227

|

« Athigh [HI] (e.g., 0.10 mol dm™?) later in the reaction i

* Reactants are depleted —» fewer collisions. '
Key Idea: |
« For non-zero-order reactions, rate decreases over time as reactants are consumed. !
e The example assumes zero-order kinetics (rate = constant), which is rare unless conditions are |
controlled (e.g., catalyst saturation) :
Final Answer: !
« Ifzero-order: Rate is identical at all concentrations. |
o, Qtherwise: Highest at low [HI, lowest at igh (HI]. _ ’

Measurement of Concentration

The change in concentrations of reactants or products can be determined by both physical and chemical
methods depending upon the type of reactants or products involved,

chemical Method

This Is particularly suitable for reactions in solution. In this method, we do the chemical analysis of a
reactant or a product.

Example:

The acid hydrolysis of an ester (ethyl acetate) in the presence of a small amount of an acid is one of the
best examples,

o
CH,COOC,H, ;) +H,0,, —“—+CH,COOH,, +C;H,0H,,

In case of hydrolysis of an ester, the solution of ester in water and the acid acting as a catalyst are allowed
to react. After some time, a sample of reaction mixture is withdrawn by a pipette and run into about four
times its volume of ice-cold water. The dilution and chilling stop the reaction. The acid formed is titrated
against a standard alkali, say NaOH, using phenolphthalein as an indicator.

The analysis is repeated at various time intervals after the start

of reaction. This would provide an information about the

change in concentration of acetic acid formed during the
reaction at different ime intervals.

Physical Methods

Some of the methods used for

concentration are as follows:

i) Spectrophotometry or Colorimetry
This method Is applicable if a reactant or a product absorbs
ultraviolet, visible or infrared radiation. The rate of reaction
can be measured by measuring the amount of radiations
absorbed. For the reaction shown in Figure, the
concentration can be measured using the colorimetry.

ii) Electrical Conductivity Method

The rate of a reaction involving ions can be studied by

electrical conductivity method. The conductivity of such

a solution depends upon the rate of change of

concentration of the reacting lons or the ions formed

during the reaction. The conductivity will be proportional to the rate of change in the concentration of

such ions. h

Volume Change Method

This method is useful for those reactions, which involve changes in volumes of gases as shown in

Figure. The volume change is directly proportional:

* The extent of reaction

* Changes in concentration

the measurement of

Figure: The concentration change for this
reacticn can be determined using colonmetry.

Electrical Conductivity = Rate of change of
concentration of ons

1if)
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230 == sC
el e s S S e | ~ types of Catalysis
! where: — Yy ' d Homogeneous Catalysis
| \ :':::nr:a::;::sm:m: [K.B‘:: 1}0 i | i in this process, the catalyst and the reactants are in the same phase and the reacting system L
e T=Absolute ure (Kelvin
neous throughout. alyst is distributed uniformly throughout the system.
i b) Explain why a 10°C rise in temperature approximately doubles the rate of a reactl:n.b P i hom?a:'uple' B The cataly istri iformly 8 ‘
. i e Arrhe for e :
1 Ans. The doubling of reaction rates with a 10 *C temperature riseis explained by Niug | - N ¢ miliharte
: : 1 process for the manufacture of suiphu
| equation and the Boltzmann distribution of molecular energles. Here's why: I o Theformationof SO, , from SO, ,, and O, in the contact proce
' 1. Arrhenius Equation ' acid, needs NO,, as a catalyst. Both the reactants and the catalyst are gases
| The rate constant (k) depends on temperature (T) and activation energy (E.): | .30
i k=Ae M i 250, +0y,) PERIN )
' = A= Frequency factor (collision/orientation), X « Estersare hydrolyzed in the presence of H,50,. Both the reactants and the catalyst are in the solution state
I % IR coni, | CH,COOCH,CH, , +H,0,, ———»CH,COOH , +CH,CH,OH
' = T=Temperature (Kelvin). 3 [Ty (% ancs aca -
! A 10"Crise (e g., 298 K — 308 K) increases the exponential term, boosting k. ! j) Heterogeneous Catalysis
1 2. Boluzmann Energy Distribution I In such systems, the catalyst and the reactants are in different phasas. Mostly, the catalysts are in the solid
' At higher T, more molecules gain enough energy (2 E,) to react. . i phase, while the reactants are in the gaseous or liquid phase.
1 *  Rule of thumb: A 10°C rise increases the fraction of high-energy molecules by ~2 x (for typical E). | for example:
H 3. Bample Calculation ) « Oxidation of ammonia to NO in the presence of platinum gauze helps us to manufacture HNO,.
| For E, = 50 kJ/mol: I =
i * At298K: i GHHH" s So-‘.m —’dnom 'GH-O-;.
' @ /N o o SO0/, o2y 16x107° - « Hydrogenation of unsaturated organic cornpounds are catalysed by finely divided Ni, Pd or Pt
| * At308K: | CH,, +Hy, —25CH,
' @ S0W0/(B.314-308) ‘ Ss 3.2x 10'9 i - - . t
!_ e R_esglLTl!e_eI_DOnentlal term doubles, daublmg O e e it L‘!J Interesting Informationt ﬂbld You Know?
Q. How does the activation energy profile of an uncatalyzed reaction compare with that of the catalyzed vitamins are Organic compounds that act as catabyats n Biochemical Catalysts, commaniy known a8 SRTymmes
reaction? bochemical reactions, especially when they function as (mature's catalyst) are essemtal molecules n bwing
coenrymes organsms
S (Catal Coenzymes: Function: Its function o 12 lower the JCtation energy
A catalyst Is defined as a substance which alters the rate of a @ Rack Your Mind! r:::e ,:;,r:,;,r:,::j:,,m“ws TR T :é;:i;i:: ,::::;:_mﬂ i
chemical reaction, but remains chemically unchanged at the end of e il il O s pEE, For example: Vitamin K, is necessary for blood clofting. Low leve Eanit sy e
the reaction. chemical reaction ls to: of vitamin K c3n cause bleeding diathesis. A lack of vitamins can Fawors such a5 pH  temperature, and  the
i T A) Increases activation energy disrupt metlabolic balance in cells and organsms. Vmaman concentration of substrate molecules can influence
* Acatalyst isoften pr.e-sent in a very small amount . it rortr SR v b ol
e Example: The reaction between H, and O, to form water is B Bmouisdsinii — —
] C) Increases enthalpy e
very slow al ordinary temperature, but proceeds more rapidly in D) Raises temperature | !Fdi QUICK CHECK 7.5 |
i [ — '
the presence of platinum. Platinum actf as a. catalyst. Similarly, | a) Canacatalyst be consu Baiachericid (eaction? Wiy of Whip e |
KCfO; decomposes much more rapidly in the 4 +Ans. No, a catalyst is not consumed in a reaction. -
presence of a small amount of MnO,HCL Is | gnergy 7N | 1. Regeneration: Catalysts participate in intermediate steps but are reformed unchanged at the eng |
oxidized to C/, in the presence of CuCf,. / e . generally. |
2 0. —" 3 2H.0 F S | * Example: In the decomposition of H;0,, MnO; speeds up the reaction but remains intact. :
" +0, * (f\ mf‘"“ E“"“’I i 2, Role: Lowers activation energy (E,) by providing an alternative pathway I
2KCFO, —25 2KC/ + 30, Reactants | \ ' Explain whether the reaction below is an example of heterogeneous or homogeneous catalysis: .
AHCL +0, —<54 5 2H,04 2CL, | 250,,,+0y,) R 250, :
L]
“The process, which takes place in the presence of a Products ! A
: ; ically an example of heterogeneous catalysis. |
N Ap——— BF !Ans The reaction 250z, + Oz, — 2503, is typica f.a 9. £ ‘ ¥ . .
»  Functions of Catalyst: Progress of reaction | Reactants are in gaseous form and the catalysts Vanadlu’rn (V) oxide (Vz05) orpnia:::rn are; in the soka form. |
i : nryme-catalysed
A catalyst provides a new reaction path with a low Figure: The enargy path dageam for an 1¢) Draw an energy pmﬁle diagram to show a typica unutalysed reactio an i
activation energy barrier. A greater number of uncatalyzed and o catalyZed reacton ! reaction. . :
molecules are now able to get over the new energy I On your diagram show theniﬂm:::‘:fﬂ or:amans I
barrier and reaction rate increases. _J) _Catalysed reaction_ i) _ _Uncatah lysed re v e A s P . o e
E
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I Am. ﬁ mlal‘nt provides a new reaction |mlh wllh a h-w activation energy bartler, as \h'l\\'ll In figure m
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U]
number of molecules are now able 1o get over the new energy Bartier and reaction rate Increases |

i
Ui gy !
\ Avtivation Fismigy
\ el catnlysl I
]
ST Atvation Eomyy '
] with { ahalysl I
Hanotanty | | 1
\ I‘n-hhil__ i
» |
-_-_-___._.._..._._._"::v:":.'*.'.-.-v.*:'......._._.-_-_...._._..____l

RATE LAW, RATE CONSTANT AND ORDER OF REACTION

© Rate Law and Rato Constant

—

The rate of a chemical reaction at a given temperature may depend
on the concentration of One or more reactants and products,

Rate Law:

"The representation of rate of a reaction In terms of concentration
of the reactonts Is known as rate law,"

@ Rack Your Mind!

5 What does the order of a reaciigy
Indicate  In the  rate |y
expresslon?

(OR)
"A rate law Is an equation that relates the rate of a reaction to the concentrations of reactants ralsed (o
varlous powers according to the experimental data,"
General Reactlon:
For a general reaction between A and B where 'a* moles of A and ‘b moles of B react to form 'c’ moles of ¢
and 'd' moles ol D,

aA b reCordD

We can write the rate equation as:
Rate ~ k[A)" [0)°
Where x and y are the experimentally determined \mluﬂ that may or may not be equal 1o the coelficien

of reactants In the balanced chemical equation, as ' a ' and ' b * In the above rquutlon This expression Is
called rate equation,

¢ The brackets [ ] represent the molar concentrations.
= The proportionality constant k Is called rate constamt for the reaction.
If [A] 1 moldm ™" and ‘Il] « 1 moldm’

Rate of reaction «kx1"«1" « k

Rate Constant: It can be defined as "The specific rate constant of a chemical reaction Is the rate of
reaction when the concentrations of the reactants are unity”,

*  Under the given conditions, k remains constant, but it changes with temperature

(Exercise LO)

Relate the order of a reaction 1o the rate law for the reaction, How do you distinguish between zero
order, first order and second order reaction?

Reaction Ordor

The exponents ' x ' or 'y ' In the above equation give the order of reaction with respect to the Individual
reactants,

"The order of a reaction with respect to a specific reactant Is the exponent applied to that reactant’s
concentration within the rate equation”.
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Thus, the teaction s of order ' x " with tespect 1o A and ol order '
v withrespect to [}

the overall order of teaction = x +y,

the order of a reaction delines how the reactant concentration Influences its rate

for a single reactant, the order Is simply the concentration's power in the rate equation

the chemical teactons are classified as zero, first, second and third order reactions.

the order of reaction provides valuable information about the mechanism of a reaction

Itis conclal to ditferentiate between the order concerning a single reactant and the overall reaction order

Neaction order tells how rate changes
with resctanty concentrations

gxampler Take equation for the reaction of nitrogen {II} oxlde (HO) with H; and oxygen:

My VINO) N, N0

()
Rate < k[M, ||Nn]

This reaction Is:

I
18
Ml

first-order with respect to Wy
secontdhorder with respect to NO
third-order overall (1 .+ 2 « 3)

KEEP IN
MIND

Order of Reaction;
o The order of reaction s glven by the sum of all the espanents to which the concentrations
In the rate sgquation are raived
It I8 important 1o note that the order of a reaction v an expetimentally determined
quantity and cannot be inferied simply by looking at the reaction eguation
e The sum of the esponents In the rate equation may or may not be the same as in a
balanced chemical equation

[ﬂl QUICK CHECK 7.6

- ——

'a) Mow ordor of reaction Is derlved from the rate law?
! Ans. Steps to Determine Reaction Order

Exampl

|
|
|
|
|
|
i
|
|
1
|
i
|
i
]

|

L]

|

]

Write the Rate Law: |
For a reactlon: aAvbb —» Products, ;
the rate law Is: Rate = k[(A)*[0]" \
* k= rate constant |
= 3, b= orders withrespectto Aand B i
Experimental Data: .
Measure how the Initlal rate changes when varying one reactant’s concentration while keeping |
others constant, '
Overall Order: E
Overallorder =a+ b |
2Hyi + 2NOgg —» Ny + HiOyy 1

e: |
)

|

]

|

]

|

L}

|

L]

|

]

|

1

For the rate law Rate = Rate = k[M;][NO)?

Overall third-order= 14 2= 3

b) Explaln what Is meant by the specilic rate (rate constant) of a reaction and how It Is represented in
rate equation,
Ans. Specific Rate (Rate Constant, k)

The rate constant (k) Is a proportionality factor in the rate law that quantifies the reaction's speed at
a glven temperature, independent of reactant concentrations,

Representation In Rate Equation:

Rate

[A) [o]

Rate = k[A)'(B)" or k =

o — i — - — - — — S e S e S S — e — e — e —
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I o 005 penific 1o e reacticn and termgerature |
L]
I Units of Rate constants = varicus orier i
’ Crcer Unit of K s
I roe i ot l
i o —e et
I (mol dem~ )™ '
’ Iers moldm™ gt !
| First [ e |
’ Serord dm mol™ 5 '
! Third dm® mol™ ¢* |
—— ————— —— ——— ..----—_--_-_-_..._-_--_-_-_.-_........,,_-:
S TIipes of Reaction Order
» lerc Orcer Peaction:
- T —
Tre rate of 2 1ers order reaction is indegendent
of the concentration of the reactants. A changs in Rack Your Mind!
the corcsntration Pan o efact on the spesd of | 6 Giee atleast four examples of 1er0 crder reaction,
the reacton —
Ge=aral Reaction:
nformation!
A —» Product @ Interesting |
Rate =kl AT Fata laws for Elamentary Reaction =
Exarmples: Elemantary Peaction | Molecularity Rats Law |
A —» Product Ura - Rate =i [2] ]
N A, _’wr,, maiecutar
A v A Proe Ei—momcuiar | Rate =k [AF |
pate =i ' [cs,] =k 7+ B — Frocuc & - moimcular | Fate =k ] ]
N — +3
"y 2 Wy % 7+2+C— Prodoc Tor- Rate = &
pate =e[Nr, [ =k melecilar [AFE |
W) Protochermical reactions are usually zero order.
~  First Order Reaction:
In theie reactions, there may be multiple reactants present, but | . . (® _]
concentration of anly cne reactant will change during the reaction. d

Examgles: Decomposition of nitrogen pentoxide invcives the following b
-

U

T Smart @ Thinking

M0, — 20,0, +0,, Units of Rats constants =

The espermentally determined rate equation for Uhis reaction is as various order
feleraen Crder Unit of K
. ” rth 1
Pate =k[M,0,](n=1) Tmol gy - sec”
This eguation sugzests that the reaction is first order with respect to Zero mal arn * 5!
the concentration of N;Og First s
2 3 1 g
»  Second Order Reaction: Senrd s r‘
= Third dm® mol &~
Definrtion: o
"A reaction for which sum of the exponents of the concentrations in the rate equation Is 2."

(OR)
“A zecond order reaction is a reaction whose rate depends either on the concentration of one reactant
raized to the second power or on the concentrations of two different reactants, each raised to the first
power, “The srnpler type of reaction involves one kind of reactant molecule,
Pate Equation: Rate =k[Af fn=2)
Example: Pate =k[A] 2] (n=1+1=2)
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pudation of nitric oxide with crone has been shown to be first order with respect ta NO and first order
with respect 1o Oy The surn of the indrsdual orders gives the averall order of reaction as two

NO,, +0,,, —NO, +0,  Rate=k[NO]O,]
Third Order Reaction:
A third order reaction is the reaction for which sum of the
exponents of the concentrations in the rate equation is three @ Rack Your Mind!
Rate Equation: Rate = ¥[A) (n=3) 7. Given Rate = K[AP[8], what is the
3 overall order of reaction?
or Rate = i[h]’IBi [n—2~1'3j Al B)2
‘or Rate = k[A)'(B)'[Cf (n-1+1+1=3) i e
Example: 2reCly,, + 6K, —>2Fel, . +6KCL  +1,

This reaction involves eight reactant molecules but experimentally it has been found to be a third order reaction
Rate =k[Fecs, |iaf
also, the follownng reaction s third order

M0, 0, —2MO, rate =k[NOJ [0, |
fractional Order Reaction:
et A A A
alled the fractional order reaction.” | BT y
gxample: Consider the formation of carbon tetrachloride from /-
chloroform. | /

CHC/ ) +Cl,m —--rCCl,m +HC.lm

Rate =k[CHCZ, (s, [ n=1+1/2=15 -

s Reactions involving free radicals frequently exhibit fractional
orders.

[{. |
Units of Rate Constant
The rate constant is specific for a particular reaction at a certain temperature. Since concentrations are in
moldm™ and the reaction rate is in units of moldm™ s™. The units for k depend on the order of the
reaction and the units of time,
General Equation:

| el

Rate = k[ Reactants]' where n = order of reaction
Rate _(moldm”’)s™

(Rectants)”  (moldm™)'

@ Rack Your Mina

8. What are units for Zero and first

=l -1
or k = (mol.dm ™) "s i fon?

or k = (concentration)*"s™*

This equation can be used to determine units of any order of reaction.
For a zero order reaction (n=0),

k = (mol-dm™)' %"
k = mol* -dms™!
For a first order reaction (n = 1), the rate is directly proportional to the concentration of one reactant.
k = (mol-dm™)'" 57!
k = (mol-dm™)’s™"
k=s?
Therefore, the units of k for a first order rate constant are 5™

[~ =
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T ST . DETERMINATION OF RATE COMSTANT
k = (meldm'f s
it rumﬂhm@m#awmam“ﬂ&m’
e = How
k = gm'mols -'""-'--_Q_—r- corsmant (k] of 2 m2actce can be Clicsiacss coing T Silcwrg teec =amhods
The units of k for a second order rate constant are dm’ mal s, » Initial Concentration Method
o i - in the gresence of Byrogen ons, Bydmgen Devtace. =0, maach Wt ooide ors 1 T waten g oine
k = (moldm™j2s? e o e
< =2 Tt " T T T, e
= ma 73t2 £3u3tC" for thg rracten 5
k = ¢m*meols™ j£.0.1
X Rate of reaction =
Therefore, the units of k for a third order rate constant are dm* mol s ™ ]
.—--.---—-—-———-—-—————-——----—-———-—---—-—————---- - {.- *
B The progress of the reacion ca- Be ficwes By Sedsurng Te witiy cgie of ormaticr of oore Tice
’ . QUICK CHECK 7.7 smows the r2t2s of reactor cotaces worg varicus Pl corcantt e of sars et
1 3) Glmhumewennorderdmmmm&emm The procecure O QICUETg K S shown Selow, ssing e 2372 or emarmeet ©
1) rate =kNOF[NH, I R S .
IN& Rate = k[NOJ*[NH,]° — R
*  Order with respect to NO: 2 (exgorent of [NO]). & b e ¥l
e  Order with respect to NH,: 0 (sxponent of [NH]). B . w— - Stap 2 S23rags e aouation i terms 2t
* Overall order: 2 + 0 = 2 (Second-order overzll). ' e« ]
i) rate =k[BrO,][8r JIH" ol 5 %] .
Ans. Rate = k[BrO;7][Br][H"] Seep ISttt T e ‘
803" + 58¢ « 64" —— 334 = 3H:0 R
Experimentally Determined Rate Law: : I i Al
Rate = k[BOy B N F ; {0c20e
i)  Calculate the overall order of reactions. = LTSt e el e
I Thegmenraie-liwls;'- = ' ?ﬂt?ﬁcd%nm#mwﬂﬁdw
Rate = k[80; (B | ("] I - P p—
JL - Experiment | PLO, ]/ moid - i
Overall order is the sum of these exponents: 1=1=2=4 [ =M/ | ¥l | U reacticn] moige™ 5™
Note: Overall order reacticn comes out to be & but as per cur syllatus order of raaction never exsedsi , . | cooC | oo s e
So, 3 is the maximum order the reaction and it is 3 for the 2bove. I — — — — —=
i)  What are the orders with respect to each reactant in the expression. ' = ! S.oscc ! eo% ' ecee S3-35~
Ans. Rate = ki_'aro;TBr'TH'].: I 3 | C.o0s0 | e | Y= | 175257
- - - 1)
e The exgonent of {BrO:j =1 I The concentration of hydiogen ions 5 ©rora Secuse [T does set agpear i Te ts snuanier The
. reacton iS =0 order wilh respec o HT )L
* The exponent of [Br-T =1 |
> + | = Half-life Method  Rack Yo Mimd”
|

* The exponent of [H*] = 2
Whyﬁnmdﬂnmefﬁdenuofababmddnmdmsmtmﬂywuw
the order of a reaction? |

Ans. Order of a chemical reaction is not necessanly the sum of the coeficents of the balanced chemial,

equation because the order of reaction is determined experimentaily and not from the balanced|
chemical equation. '
eg., 2H; + 2NO; ——» 2H:0; = Ny i
For this reaction, the sum of coefficents of balanced equation is 2 + 2 = £ but the reaction is 3rd oroer. Ity
is experimentally verified that rate of reaction is dirsctly raiated to conc. of H; and 1o the square of|
concentration of NO;. So the rate equation of this reacticn i g

Rate = [Hy]*[NO:J° !

Rate = k[H.]*[NO; ) I
Order of reaction is sum of exponents of rate equation. So .

Orﬁer of rea:mon 1-2=3 I

L%

Tt e > 2

“Haifilife, t.,, 5 the tme Gies for e corcemossice of 3 | 2

reacmart iz 2l to Ralf of 5 orgma cae ;":'_z‘;““‘:,’
Glasiation of Rate Constant l = e 3t
Gicuiatng T rate constant (i) csirg e "aif-ife methos ruciues < ©  SENs
messurng the tre « tSkes for Se coresmtitee of 3 eacger i
cecraase by maf

f the rrecicn s first-crdfer, Do De =2 orsart ¢ Te MalEife of Te macicr e mige v Te
follow'rg war

l

Ei::
B

=088/,

Exampie: A 2—gie of myoroges perTxce faz 2 maf-ife oD

Gicuiate e rate comstare, i, for ois m2acter.

Te Qicuiate k, we firs: nesd 1o orwert e Raf-ife. emict 51 Tours. IS samegs
2SS0 =30 =TXCs

mCurs. 't Zecsrrgesas r 3 frivcrter o



b Chapter 7 i %
We then simply substitute this value into the eguation:
. 0693
7200 s
k =96+10"s"

Sample Problem 7.2

The first-order reaction cyclopropane to propene, for which the haif-life is 17.0 min, Calculate the rate (22
of this reaction.

Solution:

Step 1: convert minutes to seconds

Step 2: substitute the half-life into the expression:

= 0693 __ 06393

k —_—
by 174603
k = 679,10 dm’ mol* s~
s O A S O N i i
' [#| Quick cHECcK 7.8

! Consider a first-order reaction with a half-life of 15 minutes. If the initial concentration of the reactam -nl
| 0.100 mol dm™, calculate the rate constant (k) for the reaction. |
i Solution: '
' s Half-life (1) = 15 minutes |
| e Initial concentration ([A):) = 0.100 mol dm™?

! Formula for First-Order Half-Life:

: * typ=In(2)/k

| Step 1: Solve for k

i L]
| * _k=00462 min!

REACTION MECHANISM

|

i
k= In (2)/t2 = 0.693/15 min !

|

»  Definition:
“A reaction mechanism Is a detalled, step by step description of how a chemical reaction occurs at the
moleculor level to yield the product(s).”

* Unlike the overall balanced chemical equation, which
only shows the reactants and products, the reaction
mechanism reveals the actually happening individual

@MY{N’M!
10, Which of the loliowing i most likely ta be

steps (called elementary steps) that lead to the the rate-determining step In 8 multises
formation of products. reaction?
A) The fasiest steg

* Each of these steps represents a single molecular event,
such as the breaking or forming of bonds.

* Many reactions do not occur in a single step, but rather
proceed through a series of steps.

e Each step is called an elementary reaction and is directly caused by the collision of atoms, ions o
molecules.

7  Molecularity:

The number of reactant molecules involved in an elementary step is called its molecularity.

* Aunimolecular elementary reaction involves only a single reactant molecule.

* Example: Decomposition of N,0,.

N,D”” —sNO

£) The step wih the iowest acliation enerpy
C) The step forming the product
D) The slowest step

e * HO,,"
*  Anelementary reaction that involves two atoms, ions or molecules and is called bimolecular.

sCHOLAR B CHEMISTRY (11°) 225

o Forezampie,

U)-'l. «NO . —--"5&'3’ 5 co..

“ e
,'G'l. . O’p ___"‘0/(. - o--'.l.-
o Ater-molecular reaction step involves the simuitanecus reaction of three molecules. Such reacticns
are rare. An eramgle is the reaction betusen Grygen molscyles and atormic orggen o form ozone i
the stratozphere of during smag formation

20, +0,, —0,, +0

“ty
; Inmermediates:
intermediates are short lived species (loms or free radicals) that are produced in one step of the
mechanism and consumed in 2 subsequent step. They do not appear in the overall balanced eguation
pecause they are not stable products.
» PRate Determining Step:

In mamy reaction mechanisms, one step is significantly slower than all the others, this step is called the
rate-determining step,

o Thasstep controls the oversll rave of the reaction because # lrmas the speed 2t which the reaction Gan procsed.

o The balanced equation for the guerall reaction s equal 1o the net resuft of all the indrnidual steps. In 2

provided that it is compared with the rate-determnng step

s The ztoms, wns or molecules 1zing part in the mechanism after the rate-determining step do not
appear in the rate expression

e Al reactanis that 2ppear in the rate-getermining step will 3is0 appear in the rate equation. Because
the rate-Cetermining step limAs the rate of the cwerall reaction, the order of a reaction can be
deduced from the rate determining step

Example 1: Consider the following reaction

N0, ™ il

Aul _'Zﬂiom . "2:'||
Table shows the resuits of six experiments. In the first three experiments the concentration of H, is
increased by keeping the concentration of NO constant. By doubfing the concentration of H,, the rate is
doubled 2nd by tripling the concentration of H,, the rate is tripled. So, the rate of reaction is directly
proportional to the first power of concentration of H

fate « [Hy]
In the next three experiments, the concentration of H; i kept constant. By doubling the concentration of
HO, the rate increases four imes and by trigling the concentration of NO the rate is increased nine times.
So, the rate is proportional to the sguare of concentration of NO.

pate = [NOJ
The overall rate equation of reaction i3,

Pate = [H)[NOT
or Bate = k[, FINGY
Table: Effect of change In concentrations of reactants on the rate of reaction

[40] in (maol dm?) | [;] i (mal dm™) | initial rate (atm min™?)
0.005 0.001 0.025
0.006 0.002 0.050
0.005 0.002 00075
0.001 0.00% 00053
0.002 0.002 0.025
0.002 0.00% 0.036

Hence, the reaction is a third order one.

s This final equation is the rate law for this reaction.

s |t should be kept in mind that rate law cannot be predictad from the balanced chemical equation.
o The possible mechanism consisting of two steps for the reaction is as follows.



240

Chapter 7 )) Reactign, Xi

:

et
'Nain

——2H,0

+H,0,

- (rate determining step)

Step1: 2NO, +H
Step2: HO, +H“ i
The step 1 Is slow and rate determining.
Example 2: The reaction between nitrogen dioxide and fluorine gas:

ZNO:m
This reaction is first order in NOy, first order in Fy and second order overall.
Rate Law: The experimental rate law |s first order in NOy and in Fz:

Rate =k[NO,][F,] (Observed)

The accepted mechanism for the reaction Is:

Step 1: NO, , +F, —=—NO, Fo+Fo  Rate=k[NO.]IF]

Tast

[0

+ FJlll —DZNDlFm

Step 2: NO,, , +F —*»NO, F Rate =k,[NO, ]IF')

W) " i) 3w
» The first step is slow and determines the rate, in agreement with the observed rate expression,

* The second and fast step does not affect the reaction rate because fluorine atoms react with NO, 3

soon as they are produced

‘.! QUICK CHECK 7.9

[—]

An acidified solution of hydrogen peroxide reacts with iodide lons.

H10,000) + ZH{’“} + 2I'{'.] —>2H,0(;) +1yq)

The rate equation for this reaction = [H;0,][I7)
The mechanism below has been proposed for this reaction.
H,0, +I —= ,H,0+10"
H™ +10" 213 HI0
HIO+H* +I —2% 5|, +H,0
Explanation of this mechanism’s consistency with the rate equation.
The proposed mechanism is consistent with the experimentally determined rate equation
rate = k[H;0;][I"] because:
Rate-Determining Step (RDS):
* The slow step involves only H;0; and I™:

H,0, +I —==H,0+10
Since the RDS determines the rate law, it directly gives:

Rate =k, [H,0,]["]

Fast Steps:
The subsequent fast steps involve H* and 107/HIO, but these do not affect the rate law because:
= They occur after the RDS.
= H* acts as a catalyst (regenerated in the mechanism) and does not appear in the rate law.
= The slow step involves only the reactants that appear in the rate law {H;O; and I").
* The fast steps reconcile the intemedlales (10", HIO) with the overall reaction.

n-—-——--—-—-—-—-———--—--ﬁ-———v-—___
-

1.
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ol <.« | option

5.Q

Solution File @ Rack Your Brain!

K

The conditions must be met for a collision to be effective according to collision theory are
given below; A collision is effective only if;

« The reacting particles have enough activation energy

« Collide with the correct orientation

/4

Explanation

0.02 mol/dm®s

5.Q

Temperature affects the Boltzmann distribution curve because higher temperature

« shifts the curve to the right and flattens it,

« increasing the number of particles with energy greater than the activation energy,
« speeds up the reaction

A catalyst speeds up a reaction by providing an alternative reaction pathway with lower
activation energy, allowlng more reactant molecules to overcome the energy barrier and
form products.

5.

s.a

It shows how the concentration of a reactant affects the rate of the reaction.
For example, if rate = k[A]*[B], the reaction is second order with respect to A and first order-
with respect to B.

5.Q

Examples .
i.  Photochemical reactions are usually zero order reactions.

Junhght

ii. Enzyme catalysed reactions lii. H;+ClL,——— 2HCL

iv. 2NH;—2> Ny +3H; v. 2HI—2H;+1,

vi. NJO—2 5 N; +%0;

7.

Orderof reactlon=2+1=3

5.Q

For a zero order reaction (n = 0),
i tmolvdm"}"“s"
k = mol'-dm’s™

For a first order reaction (n = 1), the rate is directly proportional to the concentration of one
reactant.

k = (mol-dm™)** 5
gt

b
L

(mol-dm

k=g

For a first-order reaction, the half-life (t,) is related to the rate constant (k) by the
equation: tyz = 0.693/k. Rearranging this equation give k = 0.693 /ty52. The rate constant
k is calculated as 0.3465 h™*. To convert this to seconds, we multiply by (1h/3600s) giving
k = 0.3465/3600 = 9.625 x 10°%s7%,

10.

The slowest step determines the overall rate of the reaction.
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MULTIPLE CHOICE QUESTIONS (MCQs) l

Q.1 Four cholces are given for each question. Select the correct cholce.

Vi,

VIL

VIl

The rate of reaction:

a) Increases as the reaction proceeds

b) Decreases as the reaction proceeds

c) Remains the same as the reaction proceeds

d) May decrease or increase as the reaction proceeds

Increasing the temperature of a chemical reaction increases the rate of reaction because:

a) Both the collision frequency and collision energies of reactant molecules increase

b) Collision frequency of reactant molecules increases

c) Activation energy increase

d) Activation energy decrease

Consider two reactions with different activation energles at the same temperature. The reaction With
the lower activation energy will have:
a) A smaller rate constant

¢) The same rate constant

b) A larger rate constant
d) A rate constant that depends on the enthalpy charg,

The order of a chemical reaction, that is independent of concentration is:

a) Second order reaction b) First order reaction

c) Zero order reaction d) Pseudo first order reaction

On a Boltzmann distribution curve, the area under the curve represents:

a) Activation energy of the reaction. b) Total number of molecules in the sample.
c) Average kinetic energy of the molecules. d) Rate constant of the reaction.

On a Boltzmann distribution curve, the activation energy (E,) is represented by:
a) The height of the peak

b) The area under the entire curve

c) A vertical line drawn at a specific kinetic energy value

d) The difference between the peak and the X -axis

If we double the concentration of a reactant, the rate Increases by four times, the reaction is:

a) Second order b) First order ¢) Third order d) Zero order
The rate determining step in a multi-step reaction Is:
a) Always the first step  b) Always the last step  ¢) The slowest step d) The fastest step

The reaction NO, + CO —» NO + CO, occurs in two steps. What Is the rate law equation for this reaction?

2NO, —>NO+NO, (k,) slow
NO, +CO—>CO0, +NO, (k,) fast

a) R=k,[NO,]’ b) R=k,[NO,][cO] ¢) R=k,[NO,)

How does the presence of a catalyst affect the rate of a chemical reaction?

a) It always decreases the rate of the reaction.

b) It always increases the rate of the reaction.

c) It increases the rate of the forward and decreases the rate of the reverse reaction.
di It Iincreases the rate of both the farward and reverse reactions.

d) R=k,[NO, )’

'CHDUH = CHEMIS 1mvv a1
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on an energy profile diagram, the presence of a catalyst is represented by:

a) A higher peak representing the activation energy
b) A lower peak representing the activation energy
¢) A change in the energy level of the reactants or products
d) A shift in the equilibrium position

Xil.

b) Temperature of the reaction
¢) Overall order of the reaction
d) Stoichiometry of the balanced chemical equation

xiil. Afirst-order reaction has a half-life (t,,, ) of 20 minutes. What Is the value of its rate constant (k)?

The units of the rate constant (k) for a reaction depend on the:
a) Activation energy of the reaction

a) 0.05 min”* b) 0.693 min™* ¢) 0.0347 min™* d) 13.86 min™
Answer Key with Explanations
s¢.No. | Option | Answer Explanation
l b Decreases as the reaction | e Reactant concentrations decrease over time, reducing
4 proceeds collision frequency and rate.
Both the collision Higher temperature boosts molecular speed (more
s ) frequency and collision collisions) and energy (more exceed E,)
s energies of reactant
molecules increase
. b A larger rate constant Lower E, means more molecules have sufficient energy to
react (faster rate, larger k)
- c Zero Grder reaction Zero-f:lrder rates are constant (eg., catalytic surface
reactions).
= : b Total number of molecules The integral of the curve equals the total molecules.
* in the sample
A vertical line drawn at a E.is the threshold energy (vertical line) beyond which
Vi, c specific kinetic energy molecules can react
value
Vil a Second order Rate « [Reactant)2 —» 4 x 22 = rate increase.
Vi, c The slowest step The slowest step limits the overall rate
The slow step invol NO; —
o i R =ks[NO,]’ es : p involves 2NO; — products, so rate depends
. on INO;] =
It increases the rate of both Catalysts lower E, for both directions, speeding up
X -d the forward and reverse equilibrium attainment.
reactions
X b A lower peak representing Catalysts provide an alternative pathway with reduced E,.
) the activation energy
i ¢ Overall order of the For order n, k has units of mol’ nln*s™*.
’ reaction
In(2) 0.693 [
Xi, c 0.0347 min™' g 2, S0 - 0-0347min '
11
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- SHORT ANSWER QUESTIONS
Q.2 Attempt the following short-answer questions:

—

a.  What do you understand by the rate of a reaction?

Ans. The rate of a reaction refers to how fast or slow a chemical reaction occurs. It is defined as the change |y
concentration of a reactant or product per unit time.
Mathematically, the rate of reaction can be expressed as:

Rate of reaction=

Changeinconcentrationofthrsubstance

Time taken for the change

Rate of reaction= =
At

b.  Give the difference between enthalpy change of reaction and energy of activation of reaction.

—

Ans. Difference between Enthalpy Change of Reaction and Energy of Activation of Reaction:

—

Property Enthalpy Change of Reaction (AH) Activation Energy (E,) i

Definition The total heat change during a chemical | The minimum energy require_d_ﬂ?'?
reaction at constant pressure. reaction to occur,

Significance | It indicates whether a reaction is exothermic | It represents the energy barrier that myg
{8H < 0) or endothermic (8H > 0). be overcome for a reaction to proceed

Effecton Reflects the overall energy change between | Affects the rate of the reaction; higher g, |

Reaction products and reactants. means slower reaction.

Energy AH can be positive (endothermic) or | E, is always positive, indicating an e_ne_rEy-

Direction negative (exothermic). inpul is needed. I

Measurement | It is the difference In the enthalpy between | It is delermined experimentally by
reactants and products. studying reaction rates.

Example In the combustion of methane: For a reaction to occur, molecules mus;

CHa + 20; — CO; + 2H,;0
AH is negative (exothermic).

first overcome the activation energy,
which can be lowered by a catalyst.

c.  Differentiate clearly between order and molecularity of a reaction.

Ans. Differentiate between Order and Molecularity
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f’_‘_—;—h_y__the instantaneous rate changes during a reaction?

d

~—The instantaneous rate of a reaction changes during the course of the reaction because:

o 1. Concentration of Reactants Changes:

= As the reaction proceeds, reactant molecules are consumed to form products. This causes a
decrease in the concentration of the reactants over time.
« According to the rate law, the rate of reaction depends on the concentration of reactants. As the
concentration decreases, the rate of the reaction generally slows down (in the case of most reactions).
2. Effect on Rate Law:
= The rate of the reactlon is often directly proportional to the concentration of reactants raised to
some power (the order of the reaction)
« For example, if the rate law is rate = k[A]", as [A] decreases, the rate will decrease accordingly. This
change in concentration over lime causes the instantaneous rate to change as well.
3. Transition from Fast to Slow Reactions:
= Ininitial stages, when reactants are present in higher concentrations, the reaction proceeds faster,
= Asreactants are consumed and their concentrations drop, the rate of reaction decreases.
4. Reverse Reaction (if applicable):
= In reversible reactions, as products form, they can also react to regenerate reactants. This can
affect the overall rate, especially as the reaction approaches equilibrium.

e. Briefly summarize the effects of temperature and surface area on the rates of reactions.

—

‘ 1. Effect of Temperature on Reaction Rate:
» Increase in Temperature = Increase in Rate of reaction.
= At higher temperatures, molecules have more kinetic energy, leading to:
o More frequent collisions between reactant molecules.
o More energetic collislons, increasing the chances of successful reactions (i.e., collisions with
enough energy to overcome the activation energy barrier).
= Arrhenius Equation: The rate constant (k) increases with temperature, generally leading to a faster
reaction.
2. Effect of Surface Area on Reaction Rate:
= Increase in Surface Area = Increase In Rate of reaction.
= Smaller particles or larger surface area of reactants result in:

depends on how concentration affects the rate.

step of a reaction mechanism.

IR

Property Order of a Reaction . Molecularity of a Reaction o More surface contact between reactants, leading to more collisions.
Definition The power to which the concentration of a | The number of reacting species (atoms, o Faster reaction rate as more reactant particles are exposed to react with the other reactant
reactant is raised in the rate law | molecules, or ions) involved in the molecules. .
expression. elementary step of a reaction. * Example: Powdered solld reactants react faster than large chunks of the same substance because
Dependence Order depends on the experimental | Molecularity is based on the of the greater surface area available for collisions.
observation of how reaction rate changes | stoichiometric  coefficients in  the
gnc&nmﬁon with concentration ofereactants. ) elementary reaction step. I.  lustify that the radloactive decay Is always a first order reaction.
Nature Experimental: Determined by | Theoretical: Based on the nature of the Ans. Radioactive decay is always a first-order reaction due to the nature of the process, which can be justified
expenimental data, can be fractional or | reaction mechanism and the elementary as follows:
zero. steps. First-Order Reaction:
Units Depends on the rate law and overall | Always an integer (1, 2, 3, etc.), Indicating * A first-order reaction is one where the rate of reaction depends on the concentration of a single
reac!‘ion rate, and can vary with different .the number of molecules or ions reacting reactant raised to the power of 1.
reactions. - in an elementary step. - ¢ Mathematically: rate = k[A), where [A] is the concentration of the reactant, and k is the rate constant.
S F OF &~ peoducts, tfeate = LAY, the onder:|iFor A+B — products, the mc.ﬂeculanty i Dependence on the Number of Radioactive Nuclei:
is 2. (because two molecules are involved). = i :
CanltBe Yes, order can be fractional, zero, or a | No, molecularity must always be a whole * In radioactive decay, t‘he m}e at which a substance decays depends on the number of radioactive
Fractional? whole number. number (1,2, 3,...). nuclei present at any given time.
Reactions The order applies to overall reactions and | Molecularity applies to the elementary * The probability that a single nucleus will decay within a given time interval is constant and

independent of the number of decays that have already occurred.
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e The rate of decay is proportional to the number of radioaclive atoms that are still il"ll_a_(::-;:
moment, i.e., the concentration of the substance. y
« The half-life remains constant regardless of how much material is left, further proving that fadioacy,,,
decay is a first-order process. :
g A reaction Is second order with respect to a reactant. How Is the rate of reaction 3“0:;!:?;;
concentration Is doubled and reduced to half?
Ans. for a second-order reactlon with respect to a reactant, the rate of the reaction is DfOPOflI;rm
square of the concentration of that reactant, This means that the rate law can be expressed as:
Rate = k[A)*

Where:
= kis the rate constant,
e [A]is the concentration of the reactant.

h.  What is meant by half-life and what s it used for?
Ans. Half-Life (T/,):
The half-life of a reaction is the time required for the concentration of a reactant to decrease to half of
initial value. It is a measure of how quickly a reaction occurs or how long it takes for a substance o,
undergo a certain amount of decay or transformation. S
Uses:
Itis used in various fields like radioactive decay, chemical reactions, and pharmacokinetics to measure t,
rate of processes or determine safe and effective dosages in medicine

]
e ——

I.  Why does wood burn more rapidly in pure oxygen than in air?
~ Ans.
1. Increased Oxygen Concentration:
* In air, oxygen makes up about 21% of the atmosphere, with the rest primarily consisting of
nitrogen and trace gases
= In pure oxygen, the oxygen concentration is 100%, meaning there is a much higher availabllity of
oxygen molecules to react with the wood during combustion.
* More oxygen molecules allow the combustion reaction to proceed more quickly and at a higher
rate, as there are more molecules avallable to support the chemical reaction.
2. Increased Rate of Combustion:
* Combustion is a chemical reaction between the fuel (in this case, wood) and oxygen. The reaction
rate incredes when the concentration of oxygen is higher.
= Since th& combustion of wood involves breaking bonds in the wood's cellulose structure, more
oxygen molecules allow the reaction to happen more efficlently and rapidly.
The general combustion reaction of wood (which primarily consists of cellulose) is:
CeH1004 + 03 — CO; + H,0
In pure oxygen, this reaction can proceed much faster than in air.

—
—

J.  Acatalyst lowers the activation energy of a chemical reaction. lllustrate it.
Ans. A catalyst is a substance that lowers the activation energy of a chemical reaction, thereby increasing the
reaction rate without being consumed In the process. -
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first-Order Kinetics:

for a reaction with first-order kinetics, the rate Law is giuen by
rate = k[4)

where:
o« kisthe rate constant (in this case, 3.5 2 10*5))
« [A]is the concentration of the reactant
The units of k for a first-order reaction are 57 seconds inverse, which is consistent with the grven rate constant
~The number of reacting molecules whose concentration alters as a result of the chemical change is
called order of reaction.”
OR
“The sum of all the exponents to which the concentrations in the rate equation are raised is called order
of reaction.”
order of a reaction decides the units of rate constant a reaction
gxplanation:
The units of the rate constant (k) reveal the reaction arder:
« First-order (s™): Rate depends linzarly on concentration (Rate = k[A))
+ Second-order (dm® mol™'s™): Rate depends on concentration squared (Pate = k[A])
s Zero-order (k = mol.dm™ s7'): Rate is independent of concentration

—
. Mthe initial concentration of the reactant is 0.50 mol dm™, calculate the initial rate of the reaction.
“ans. For a first-order reaction, the rate law is:

Rate = k[A]

Where:
« Rate is the initial rate of the reaction,
e kisthe rate constant (given as 3.5x107 5°)
e [A]is the initial concentration of the reactant (given as 0 50 mol/dm’).
Substitute the Given Values:

Rate = (3.5 x 10™'s™") % (0.50 mol/dm’)

Rate = 1.75 x 10™* mol/dm’s

‘m.  How would the rate of this reaction change if the concentration of the reactant were doubled?
Ans. The reaction is first-order, the rate is directly proportional to the concentration of the reactant
Rate law:

Rate = k[A]
If the initial concentration is doubled, say from [A to 2[A], then:
Newrate = k(2[A]) = 2:(k[A)) = 2#original rate

n. A certain first-order reaction has a rate constant of 2.5x107" 5™, Calculate the half-life of the reaction

in minutes.
Ans. Half-life formula (for first-order reactions):
tin = In2/k
Where: iz = half-life,
In2 = 0.693
k = 25x107%s?
Calculate In seconds: typ = 0.693/2 5%107 = 277.2seconds

Convert seconds to minutes: ty, 277.2/60 =4.62minutes

k. The rate constant for a certain reaction is 3.5%x10™ s™' at 25°C. What Is the order of the reaction?
Explain based on the units of the rate constant. w

o. A radioactive isotope decays by a first-order process with a half-life of 12 hours. Calculate the rate
constant for the decay In s™*.

Ans. It seems 1o a reaction with a given rate constant (k = 3.5 x 10 s5™) at a spedific temperature (25°C). This Ans, k = T;;:‘m
rate constant suggests that the reaction may follow first-order kinetics, where the rate of reaction depends Glven: tin = ours
= ? Convert to seconds: 12 hours = 12x60x60=43,200s

linearly on the concentration of the reactant.
Here are some key points about rate constants and their interpretation:

K = 0.693/43,2005=1.60x10"5"
The rate constant k is approximately 1.60 x 107 5™
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- DESCRIPTIVE QUESTIONS -

Relate the order of a reaction to the rate law for the reaction. How do you distinguish between —~

Q3 een Uery
order, first order and second order reaction?
Ans. See Page No. (232) =
Q.4 How do you find the numerical value of a rate constant by initial and half-life methods?
Ans. See Page No. (237) e
Q.5 How does the activation energy profile of an uncatalyzed reaction compare with that of "":m
reaction?
Ans. See Page No. (230) M
Q.6 The reaction between hydrogen peroxide (H:0:) and iodide ions (I') in acidic solution is belleved tg oo
via the following mechanism:
Step 1: H,0, +I" ——H,0+0I" (slow)
Step 2: OI" +H' —— HOI (fast)
Step 3: HOI+I™ +H" ——H,0+1, (fast)
i}  Write the overall balanced equation for the reaction.
ii)  Identify any intermediates and catalysts in this mechanism.
iii) What is the rate-determining step?
iv) Write the rate equation for the reaction, expressing It in terms of the reactants in the overall reaction,
Ans. See Quick Check 7.9

(i)

Possible Intermediates:

* Hypoiodous Acid (HOI) = May form transiently during iodide oxidation.
= |odine Radical (I') = A short-lived species in electron transfer steps.
And Catalysts for This Mechanism:

Mo} or Fe’"

- NUMERICAL PROBLEMS -

Q.6 Calculate the reaction rate if the concentration of A Is 0.5 M, the concentration of B is 0.2 and the rat
constant k is 4.0 M52, Given the rate law for a reaction: Rate = k[A][B].
Given Data: Rate law = k[a][B)?
Rate constant (k) = 4.0M 57!

Concentration of A ([A]) = 0.5M

Concentration of B ([B]) = 0.2 M
To find: Reaction rate = ?
Solution:

The rate of the reaction is given by:
Rate = k[A][B)*
Substitute the Given Values
Rate = (40M¥ s x (0.5M) x (0.2 m)?
Now, multiply all the terms step by step:
Rate = 4.0x0.5x0.04
Rate = 0.08 Ms™
The reaction rate is: 0.08 M s™*

SGHOLAR € CHEMISTRY (11%) 249

"':E:;t_ order reaction Is found to have a rate constant, k = 5.5x10°"s"", Find the half-life of the reaction.

a? Temp. (K) | Rate constant (cm® mol™'s™*)(K)
500 6814x10"
550 264x107°
600 0.56x 10
650 7.31x10°
70 |  es67x10°

-&—N';';E;E_ Rate constant (k) = 5.5x 10735}
Reaction order = First-order
sofind: Half-life (tw:) = ?

step 1 write fcl‘l'l'lllla
for a first-order reaction, the hall-life is given by.

o = 102
V2 k

where:-
s In(2)=0.8693
« kisthe rate constant.
step 2: Substitute the Given Rate Constant
By putting the value of k:
. 0693
5.5x107'4s!
Step 3: Calculation
tyz = 1.26 x 10"s
Answer: The hali-life of the reaction is 1.26 x 10”s.

Q.8 Three experiments that have Identical conditions were performed to measure the initial rate of the
reaction. 2Hl,, —H,,, +1,,

Experiment | [HI}(M) | Rate (M/s)
L 0015 | 11x107
2. 0030 | 44x10"
3. 0.045 99x107?

Write the rate law for the reaction. Find the value and units of the specific rate constant, k.
Given Reaction:

2HY,, — Hyyy + by
Step 1: Rate Law Form
Rate = k[HI)”
.Use the data to find the order n.
Step 2: Determine Reaction Order (n)

Use experiments 1 and 2:

e Exp1:[HI) = 0.015=0.015 Rate = 1.1x10?

e Exp2:[HI] = 0.030 = 0.030 Rate = 4.4x10™
4.4x107° " [0.030) s el
11x107 |\ 0.015

Order=2

Step 3: Rate Law
Rate = k[HI]



