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

Explain the concept of activation energy and its role in chemical reactions.

Use the Boltzmann distribution curve to explain the effect of temperature on the rate of a reaction.
Explain the concept of catalyst and how they increase the rate of a reaction by lowering the activation

energy.
Interpret reaction pathway diagrams, including in the presence and absence of catalysts.

Explain the relationship between Gibbs free energy -:han:;e ".G and the feas!billty uf a rea::tinﬂ'

Use rate equations, including arders of reactinn and rate cunstant N U
Suggest a reaction mechanism that is -::ansustent mrra gw&n rate equatinn and rate- determining step.

10. Calculate the numerical vaiuexﬂf arate cunst@L using the-inftial rates and half-life method.
11. Describe the efrect -::f r.ampe' 'ture u:hange ‘on-the rate constant and rate of reaction. §

1. Explain the rate of reaction, and rate constant
1
3
4
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Chemical reactions are dynamic processes in which matter and energ\g aretanstantly changing.
Chemical reactions occur at different fates, fmrn w.rew fastl to very slow. For example,
fermentation is a slow reaction, that ¢an take' sevem -weeks to ‘produce sufficient products. Is
digestion a slow reactmn? Un the nrthe}%and ‘acid-base neutralization reactions complete in
microseconds. ome| (eactmnsmr.ur at a reasonable rate. For example, reactions that contract
muscles/a d ransmit impulses along nerves and record photographic images. In industry, it is
lmpﬂrta tn know the conditions under which the reaction occurs most favorably. "The study
of the rates, mechanisms and factors that affect the rate of chemical reactions is known as
kinetics or chemical kinetics.” Rate information is the most important information used to infer

the mechanism of a chemical reaction. Mechanism refers to the sequence of all chemical steps
leading from starting materials to products.

7.1 RATES OF REACTIONS

The rate of reaction is the change in concentration of reactants or products per unit time.
Mathematically,

Rate= Change in concentration of a substance
Time taken for change

\/\

The concentration of reactants decreases and CDnCEHt/[aRlﬂQI af pfddl.l\?;tuntmasés with the
passage of time. Therefore, rate of) a__ AS

reaction can also be defined as the di:crease
in concentration of r&d:tanﬁ per uniﬁilm
or the increase in \ cﬁncentratfun of
products e \ih“ time. The unit of
conce i-:m 'is mole dm* and time is

second, 50 unit of reaction rate is mole dm
1o-1
57,
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The change in concentration of reactants -
and products can be represented graphically
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(Fig. 9.1), for the general reaction S
— Figure 7.1:: Changerin concentration of reactants
A B. and products with passage of time. What does the
7
The slope of the curve for both starting slope of each graph show?

materials and products is steeper at the beginning than at later stages. This indicates a rapid
decrease or increase in the concentration of reactant or product, respectively. As the reaction
progresses, the slope becomes less steep, indicating a decrease in the reaction rate. Eventually
the graph becomes horizontal and the reaction stops. So the reaction rate.is( ne*.rer constant.
The concentration of reactants continuously decreases- while/ the cuncemratinn of products
increases with time. Therefore, the reactmrrfate alsn deﬂeﬁsés continuously.

Thus, the rate measumd fmma time\mgewal is ]ust the average reaction rate for that interval
during any given lnterval whit:h can be determined by the difference in concentrations divided
by the drffqrqmq iH measurement times.
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If dx is very small change in concentration t}f a pmduct ln/a ~ven ] lﬁma/l tima\ihterval dt the
rate of reaction is expressed as A QO \WANNY [

Rate of reaction = dx f df/—“/v

Consider a general I'E' n \
\! \\__l JB

The rate of reaction can be expressed in term of the rate of disappearance of reactant A or the
rate of appearance of product B.

@ __dA
dt dt
@ B
dt dt

Where d [A] and d [B] represent changes in the concentration of A and B respectively. The
negative sign indicates a decrease in the concentration of the reactant A. whereas the positive
sign indicates the increase in the concentration of product B. Using these relati:;nshtpﬂ(ou can

determine rate of reaction between any two-time mtervals \\( ,‘“}; ’\g/\_, U
c-ample 7.1 VA0
\ \ / \ =
Determine the rate of fal@wmg maﬁtinn\\ )
O S,
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Rate of a chemical reaction between any two-time intervals can be determined from the

experimental data. For obtaining experimental data, you need to measure change in the
concentration of reactants or products at different time intervals. From this data you can
determine rate of reaction. Let suppose you measure the concentration of product C at

different time intervals, following data is obtained.

St.No.| Time(s) |Concentration of C(mol/dm’)
1 0.0 0.0
2 10 0.20
3 20 0.38
4 30 0.45 .
5 | 40 0.60 N AYEO)

To calculate the rate of reaction, you need to fnllﬁw changa in thécbﬁcéniratmn of C between
a specific time interval. Suppose yﬂu wan!; tﬂ qaif:ulate the rate of reaction between time

intervals 0.0 second and 20 mands \ NOL
\”\udm\i'Change n time = 20s-0.0

\\1\11
- =20s



d[C]= Chage in the cuncentnatmn ﬂf £- 0 33 *—ﬁ 0
= 0.38 muudm?- AUy |
dxmt - vac &
N DT Lo
N\ J"‘CLLI_ NN = 0.019mol/dm’/s

Like this rate of reaction can be determined between any two time intervals. Note that you
can determine only the average rate of reaction between the given time intervals.

7.2 Rate Law

Rate of reaction is defined as the instantaneous change in concentration of a reactant or
product at a given time. Experimental studies on reaction rates show that the rate of a
chemical reaction is proportional to the molar concentration of reactants each raised to a
power, the value of which is determined experimentally. Thus for a general reaction:

A — Product
Rate o [A]*
Rate - k [AF > cof

/ -w. \ /

Where k is proportionality constant and is ’knawn as' ra:a n:a\n\sr.ant ahd the expressiun as rate
law or rate equation, (Ihe e:@gnent g{ in i:he\ l}at& ‘gquation is’called order of reaction with
respect to reactant A, & AR\ AL \

when e oL
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Thus, the rate constant can be defined as the rate of reaction when the molar
concentration of each reactant is unity. The rate constant gives the relationship between
concentration and reaction rate. Each reaction has its own specific rate constant,
independent of concentration and time. But the value of the rate constant changes with
temperature. (See Section 7.2.2 for more information).

7.2.1 Order of Reaction and Rate Equation

Order of reaction may be defined as the number of molecules of reactants participating in
the rate determining-step.

Consider a general reaction between a moles of A and b moles of B to give ¢ mnles Candd
moles of D, A~

aA + bB—cC + dD NPT N IZ AT
" ". ™\ \ y'l "‘ \ N\ | Sl
\ \ \

The rate equatlon can he wr‘ltten aﬁ ) \ ‘, \
Rate o [ﬁ]‘ [B]" \\
Ratﬂ Nlictar ey
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The exponent ‘x’ is the order of reaction with respect, tnrsp&fes W and\thar Expnnent y'is
the order of reaction with respect to specm 'B —The urdarnf t.he reaction expresses the effect
of concentration on the rate ‘of rem:tian thg 5urn “x+y*is called the overall order of the reaction
or simply the order nf the reavztmn. I\

“Order- o]’ qqmttlbn ﬁﬁy be deﬁned as the sum of all the exponents to which the molar
cuncentrJtlun terms in the rate equation are raised”.

x and y may or may not be the same as a and b respectively. The order of a reaction for a
particular species cannot be predicted by looking at the balanced chemical equation. It can be
determined only by experiment.

For example for the reaction
2NO, + Oy —» N,O, + O,
Experimental studies show that the rate = k [NO,] [0,]
Notice that the order with respect to NO, is one, whereas its stoichiometric coefficient is two.

“An expression which shows how the reaction rate is related to the concentration of
reactants is called the rate law or rate equation.” Therefore, rate law or ;ate«:quatim for

the above reaction is, . - \Q" '.&/ A \W\
Rate = k [NDE] 0] ‘ A ) [N =

Order of reaction may fbh a wm{e numﬁa{'\, 2em of a fractiun It helps in determining the
mechanism of a reactjom WAL

Types o\ﬂﬁdrﬁﬁ%ctluns
a)  Zero order reaction

A reaction that is independent of the concentration of reactant molecules is called zero
order reaction. An example is the decomposition of ammonia on heated tungsten.

NHyi—> Ny + 3y

Rate = k [NH,]"

The concentration of ammonia decreases continuously until it reaches zero. The combination
of H; and Cl; in presence of sunlight is also a zero-order reaction. Reactions catalyzed by
enzymes also follow zero-order kinetics.

b)  First order reactions.

A reaction whose rate of reaction is directly proportional to”the ﬁr:t pmwﬁr of the
concentration of single reactant muleculcg gs called the ffnt order reaction.

Ratecc[A] () T

V \ \
~\

i Them'lal dgﬁompmitian of N;U
mQzas (9) o N0+ Oy
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Rate = k [N,0, ] N\
'. \ Y ~\ ".\ N ( ‘)\

if) Dec.ompomtinn af arnmuniurn nitrﬁe fn aqu&mm salutiun
NH,NO, —uN W 2H,0 NS

\;\\HFf,gte, N #IH NO,]

C) Second order reactions

A reaction for which sum of exponents of rate equation is two is called the second order
reaction. <

Rate « [A] or  Ratex[A][H]'
i)  Decomposition of nitrogen dioxide.

N0, — NO, + Oy

Rate = k [NO,J’

i) NO, + G{nj — NO,, + Os g /; /_\‘ \

Rate = k [NO] [2] O O
Order uf@g.ﬁttinnyh V=2 ' [\
i) 2nO no mﬂ ,1,',;-;:- N, m+ 00,
N \Tm
W [\ Rate = Kk [NO,] [Os]
d)  Third order reactions

A reaction for which sum of expanents of rate equation is three is is called the third order
reaction.

Rate « [A]’ or Rate «[ A]'] B] or Rate <[ A]'[B]' [(3]1

i)  The oxidation of NO by O; is an example of a third order reaction.
2NO;, + Oy, — 2NO,,
Rate = k [NOJ? [0z]

i) 2FeCl,., + 6Ky, — 2Felu,+ 6KCluy + by,

Rate = k [FeCl,]JIKIf , cOMN

e)  Fractional order react nns

A reaction for which the sum ﬂp&enn of rate equation is in fraction is called the
fractional order “"ﬁ“"“‘ \BAS A

QIR YNN J'
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i) The reaction between |'|2 and Br2 ;n prﬂduce HBr\fs a half ﬁrder in Er and

first order in H@

gt ﬂ 'ﬁra o' (BIEY 2H Br R
Wike - & [H,] [Br]"
Order of reactionis 1 + 0.5=1.5
i) cHcl,, + Cl,, — CCl,, + HCI,
Rate = k ['I-JHCI,] [c1,)*

f) Pseudo First order reaction

A bimolecular reaction for which solvent is in excess and its concentration remains constant
and does not take part in rate determining step is called a Pseudo First order reaction,

(CHy ),C = Bryy +H,0gppsy—> (CH;), C—OH (+HBr,,

Rate = k[{CH‘&}:‘D' El] . - K// N\ /,T)/.’\:\:".\'(.“\,\_-; ‘\._“)
A \' ’ /C \ m\tf/\‘/ -

7.2.2 Determination of Reactiun@miei* Rate Lav ahﬂ Rate constant

\/ \/~

The effect of a change m%act nt Cﬂnﬁent}a\ibunﬁh reaction rates cannot be derived from a

chemical equation._ It\clin nﬂly be determined experimentally by determining the order of
his purpose, the method of initial rates is a simpler way to find the

chemical

value of m:ﬂmn order. In this method, an experiment is designed in which the
concentration of one reactant is changed while keeping everything else constant. The
concentration of one reactant is systematically varied and the initial reaction rate is
determined for each change. This method can be understood by the following example:
Example 7.2

Jet engines release Nitrogen (Il) oxide in the upper atmosphere. In the ozone layer of upper
atmosphere Nitrogen (ll) oxide reacts with ozone to form nitrogen (IV) oxide and oxygen.

NG{nI . Dﬂna_"NDEtn} +01:n:-

The following data was obtained for this reaction at 25°.

Experiment 'Fl:g';l h;g::]al Initial rate (moles dm™s™) N PN

1 1.00x10* 9.00x10* 1 93‘,(1 U" ] /\\\' .' \///\__
2 2.00x10°* 9. Dﬂxfn‘ ) \3 ?611{}" 78\
6.60x10°*

31 unxjw 8 ?TWX‘I‘.U“___., |
NN

Use this datﬂ d) determine the rate law for the reaction.
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To determine the order of rear.:tmn with respett tu rleactant examine the relationship
between its initial contantrahnﬂﬂnd t\he\rate ‘of reaction while holding the concentration of
the other reactant constant

In Expennﬁ&npﬁ J1‘ dm& Iz mitial cuncentratiﬂn of ozone is kept constant at

9. liltluf.‘il:i"i M while the concentration of NO is doubled from 1.00x10® M to 2.00x10® M, the initial
rate increases from 1.98x10™ to 3.96x10* moles dm™s™. The ratio between these two rates is

1.98x10* : 3.96x10™*

1.98x10*  3.96x10™
1.98x10* 1.98x10™

1: 2
Thus the initial rate doubles. This means the rate of reaction is directly proportional to the first
power of concentration of NO.
Rate « [NO]

In experiments 1 and 3 initial concentration of NO is kept constant at 1.00x10* and
concentration of ozone is decreased to one third i.e. frum 9.00x10° to 3. Dﬂxm“}ﬁ, the initial
rate decreases from 1,98x10* to 6.60x10° moles dm™ s, the ratzabetwgaﬂheisa rates is
\I / ./C \(\\t/)\—/ N
1.98x10°6:60%] a*‘\ %
Q_aj- « 1, 9@@ 0‘*;5%6210‘5 -

ALY 111.98x10* *1.98x10*
J\“ J\ - 1 )
\\’\ N 1:

3

Thus, the rate of reaction also decreases one third. This means the rate of reaction is directly
proportional to the first power of concentration of O,.

Rate = [0,]

Thus, the rate law for the reaction is
Rate = [NO] [0,]

Hence this reaction is a second order reaction.

Once the rate law for a reaction is determined experimentally, the rate constant for the
reaction can be determined from the same experimental data that has been used to calculate

the order of the reaction. For this purpose, substitute the data for any of the above experiment
into the rate law expression.

Rate = k [NO] [O,] N AN Ol e
Let us use data of experiment 1: "\ . Y -
198 %10 =k [1:11::*} fe;au-ﬁ‘ RN\

1.98 x ;?* kj [Bum"”}
S \j N l | \“
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~1.98x10"* A e \\i [2)eS
9x10™" \ - |

k=2.2x 107 mol.s.dm e\} 0 (A
If you use thegfta}?ﬂggbbgmfnt ﬂfl ura same result will be obtained. Try yourself

Example 7 3
The following reaction is first order in H; and half order in Br; write rate law for the reaction
H,+Br, —— 2HBr
Solution:
Given information indicates that
Rate = M) - (i)
Rate . [Br,]'? — (i)
combining (i) and (ii) we get the rate law for the reaction
Rate o [H,] [Br,]""?
Rate = k [H,] [Br,]"" aor N lo@u

Nan\
Concept Assessmer@;vﬁxewe\ @ \K 0 \\ SRR

1. Phosgene is Ru{f“c qu\l\t}\ﬁ béen used in World War II.This gas is prepared by the
reaction %mgw%%xﬁde with chlorine.

€O + Cly,y — COCly,

2(g)

The following data were obtained for kinetic study of this reaction.

e il SR PR T R T
o T '_. ng m il . g a # T
g - dnitial [CO) . Initiel IR

1 1.000 0.100

1.29x10%
2 0.100  0.100 1.30x10°%
3 0.100 1.000 1.30x10%

Write rate law for this reaction.

2. The following reaction is second order in NO; and is independent of the cuncentratwn of
CO. Write rate law for the reaction. What is the overall order of the r;eaﬁnun? \

" ' \ N
1 /\\ \| 1/‘// '\n\

NO, + CO—NO+CO, Q /.-"a ‘-; \ | =

‘‘‘‘‘‘‘ P,

7.2.3  Half-Life ‘Me#:hmﬂ fur Détemﬂmng Rate constant

The half lle&@ %}qﬁa\ﬂ‘eactmn is the time it takes for the concentration of a reactant is
reduced to'h e relationship between half life and rate constant depend on the order of
the reaction.
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L~ = (\I \_ \ \

When n=0 ty = [Au]ﬂk Whe:e [ﬁul mrtial\unnzﬁntratmnaf reactant
n=1  t,;=0. 693;‘.& aVda .\ -
n=2 © tmeﬂk[ﬁsl\
Cﬂnmder tlne fq’:llltpmrhg rear.{inn that follows 1*' order kinetic, its half-life is 30s
NNV w8 o ¢

Rate constant for this reaction can be determined as follows.

tiz = 0.693/k
30 =0.693/k
k =0.02315s"

Therefore, the rate constant for the reaction is, k =0.0231s"

7.3 EFFECT OF TEMPERATURE ON THE RATE OF REACTIONS

The reaction rate generally increases with increasing temperature. According to collision
theory, the rate of a reaction is proportional to the number of collisions between the reacting
molecules. An increase in temperature increases the average kmeh&gne;gyaf the mnlecules
This increases the average speed of the reacting malecules \%| rnel;’gasg\&mﬁé kinetic energy
of the reacting molecules increases- the(éﬂuismﬁ fmqu&ncy ie; the number of effective
collisions and thus the ion spe&ds \dp. \Bu; unly\eﬁ’ettwe cﬁthsmns produce a reaction. For
the collision to be effec \re tl'ie mnhe;:ﬁl 'must have activation energy and must be correctly
oriented. At ng@&fpmperatures, very few molecules have this activation energy. Not all
reactarrt\}gﬁ@ ve the same energy at a given temperature. Most of them are of medium
energy. Some molecules have a higher than average kinetic energy. The number of molecules
with kinetic energy at least equal to Ea at temperature T is proportional to the shaded area
under the Maxwell Boltzmann kinetic energy curve. The Maxwell-Boltzmann distribution curve
shows how the available energy is distributed between the molecules of a gas at a constant
temperature. (Figure 7.2 a)

i 84 Abtiyatition
r EBaery)
1u T Pahidwees sndd
/
w\ ?{‘ \,
Figure 7.2a: Maxwell Boltzmann curve of ||| Flgﬁre \IJb. ﬂmeﬂ Bhltzmann curve of
kinetic energy —’ A\ Nﬂf—' . energy at 2 temperature

The distribution curve ihnw:. tl;atmnst\mqlecutes du nut have the required activation energy
at Ty or lower temp ature Only\some of the molecules that required the activation energy
are able to q h\gh the temperature increases (from T; to T3), the energy of the molecules
also increas us, the proportion of molecules with the required activation energy increases
(Figure 7.2b). Thus, the reaction rate increases.



It was found that, in general, the reactmn rate, mcreases/t&%\td- three tmeé fi:}r ever‘,' 10K

increase in temperature. N\ ‘»;.fi AN WA Y ) |

Arrhenius (1889) studied tﬁe Eﬁed nﬁtEmpe?atur‘e ﬂn reactiun rates He found that the effect of
temperature on rate qu reat:tmn 15 given by the following equation. This equation is known as

Arrhenius eqﬁatﬁpm NN
k AEEIMT

here k = rate constant, E, is energy of activation, R is gas constant (R=8.3143 JK' mole™). A is constant
known as Arrhenius constant. It is related with the frequency of collision and orientation of the
reacting molecules. Therefore, rate constant k varies with the temperature. It increases with
temperature which in turn increases rate of reaction.

7.4 THE MECHANISM OF A CHEMICAL REACTION

The path that reactants take to form products in a chemical reaction is called the
mechanism. A reaction rate equation is very useful because it provides information about the
reaction mechanism. The reaction can take place in one step or in several steps. If a reaction
proceeds in two or more steps, one of the steps is the slowest. The rate of the slnwest step
determines the overall reaction rate. This is because it sets a llm1§£ﬁth&fm M Whlth the
overall reaction can occur. No reaction can proceed mere stn)\}{y than the-raté-determining
step. All other steps in the reaction megb&r}nsn%are u/sualty fas) ' The slowest step in the
reaction mechanism, whj@ﬁ deterfnTnes q&g mre\iaﬂ ‘rate of the reaction, is called the rate-
determining step.” \

Exampleﬁﬂ,\]\'\lr\'m \\L 2

For reaction

NO,, +CO

g

— No{g] +COy,

(o)
Rate =k[NO, |
What information do you get from this about rate determining step?

Solution
The rate equation gives us following information.

i)  The reaction is second order with respect to NO, and zero with respect to CO.
Therefore it is independent of the concentration of CO.

A

ii)  Two molecules of NO, are involved in the rate- deterrmmﬂgitep-f” i UL

,-—\/ \,\ \I ,/ \“ o~

iiiy Reaction must proceed in mure than nne ﬂep \, [

The proposed mechamsm far{he rext@n 15 as futluws
Step | \ NQ;;@ ﬁ”oaa} --—-»NOB@ ¥ NO{s}

\\]\ '

stepll  NO, +CO,, —=-»NO

+C0y

(@) 2g)
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The first step is the rate determining step Species NO; th at| dDE; nut\aapear in the overall
reaction is called reaction intermediate.. This exarnplg atsn roves 1 that a balanced chemical
equation may not gweanyinfgrmatfoh @ut the reaction mechanism.

Example 7.5 o VAL
Hypochlq@tﬂth b}d 1n aql.leom snlution decomposes to chlorate ion cjo; and chloride ion.
3clo;,,—»CIO; +2Cr

The rate of the reaction is second order in ClO ion
Rate = k [CIO]
The following two-step mechanism is consistent with-the rate law for the reaction.

Step I: ClO,, +CIO,, —*ClO,,, +Cl,,

Step Il ClO,,,, +ClO,,—»CIO_ +Cl,

Overall reaction 3CIO,,,, —» ClO,,, +2Cl,,

J\/,.\\
O\

Select the rate-determining step. N\ 200N
B \ AN \'f '&?o X(\w\ -
Sulutiu" 'r\—k.\‘. O \ ‘.\\ \". \,\‘ \I -\I l '

M\ \ U \\\ AR ,v J

Rate law for this re@tﬁnn‘”jﬁdicates\gbalw CID' jons must participate in the rate-
determining step %rgfor&, step Hs the rate-determining step in this mechanism.

Exam p@kﬂ% NJ N

Rate —k[NUz][Oa] for the following reaction indicates that one molecule of NO, and one
molecule of O; participate in the determining step

2NO,,, +O, — N,O,, + O,

Thus rate law includes the concentration of each of the reactants raised to the power that
equals the coefficient for the reactant in the equation for the rate-determining step.

Concept Assessment Exercise 7.2

For the following reaction,
2NO,,, +F,,, —» 2NOF, @
rate =k[NO,JIE] o 1\ \
Which of the follomrlgmechamsm is ;nﬁﬁlstent?nth the rate| law?
(a) Emiﬁ fw\\iNQ,F

(b) NO; +F,—» NO,F +F (fast step)




NO, +F — NO,F {sluw ssfg?} \ NS N
(€) NO, +F, —»NOF +F. /7| s A
NO, +F— N F\ J Io O\ [falstlstep]
(d) F, —p:zh\ N \\” NN (slow step)
2NO, +2F —»2NO,F  (fast step)
Example 7.7
NO reacts with H; according to the following equation:
2NO, +2H,,, — N,, +2H,0,,
The mechanism for this reaction involves two steps
2NO+H,—N,+H,0, (slow)
H,0,+H, —2H,0 (fast) N /_/:J»j
Write the experimental rate law for this reac& un? il . “f \ \\\' ' ?ﬂ “;o S

7.4.1 PntentraIQEﬂem D!agr\am anﬂﬂeactmn Mechanism

Example 7.8 Jpu!
\J \l ' (3 )
Potential en\rﬁwlﬁaé m for the reaction between NO, and F, is shown in figure 7.3,

The experimental rate law for this reaction is given below:

Reaction:

2NO,,, +F, —» 2NO,F, Rate=k[NO,][F,]

2(g)

Propose reaction mechanism.

Solution:

Step 1: Determine the number of elementary steps.

. Figure 7.3: Potential energy diagram
As potential energy diagram shows two peaks, for the reaction between NO: and Fs

the reaction mechanism must involve two
elementary steps.

Step 2: Determine the rate-setting step. Because the actwatmn f.-nergsf of ste[;r i 1; greater than
the activation energy of step 2 Therafore, m,-p 1 1sa SE'SKW andrate- detenmmng step.

Step 3: Use the rate law to dgterm;ne the ndr ber uf mutecules mvotved in the rate-determining
step. The given rat& iaw(mﬁﬁcates that one NO, and one F, molecule are involved in
this stqepk\J R \H Jq

Step 4: PmﬁB.l,e the two main steps of the mechanism. In the overall reaction, two NO,
molecules and one F, molecule react to form two NO,F molecules. However, in the




rate-determining step, only one NO, molecule and uhe F; mﬂleeuie need to react to
form one NO,F and a reaction lmtemediabe. In the mcwﬁd ‘initial step, the reaction
mtennedlate must react with anuther NO; ‘moteculeto form another NO:F molecule.

(A species thaf is prcduced in\oﬁe step of a chemical reaction and consumed in another
step. Ifqtlﬁd a r‘eatﬂun intermediate). Thus, proposed mechanism is,

|
” N NO, +F, —-N02F+F (slow)
NO,+F — NO,F (fast)

Step 5: Add the two steps to get the overall reaction which must be same as the reaction
under consideration.

NO, +F, —» NO,F +F

NO,+F — NO,F
2NO, +F, — 2NO,F

Since sum of elementary steps give the reaction under consideration, the proposed mechanism
may be acceptable. . 4/

- .-\ “/ N\ J ' / o \‘ o _\_-_/
Concept Assessment Exeruse ? 3 \ [ "o
1.  The follomnédatar v@a{cnlleetéc! f’tilL the reactmn between Hz and NO at 700°C.

BRGSO,

1 70.010 0.025 2.4x 10 |
2 - 0.0050 0.025  1.2x10% B
3 10.010 0.0125 "~ 0.6x10°

Suggest a plausible mechanism that is consistent with
the rate law. (Hint: assume the oxygen atom is reaction

intermediate). ”
Potential energy diagram for this reaction is given

below. @ e on\

2. Following  mechanism has heen Pmnnsed f‘nr ; IE | mﬂ H m "
reaction. . OB 1 DHD+
Hzoam + |;u:. = 'H,\Dm +0](t|ﬂ r—r

] AN NN \ 1 Figure 7.4: Potential energy diagram
Eﬂ IHZUM}_.. HO, + OEfﬁ} +|(aq1 for the reaction between H; and NO




Choose catalyst, reaction intermediate and rate dﬂtenmnmg sten Jf-\‘:&_—_;‘%i::;{,) sp=a
3. The rate law for the fullcwnng reactigﬂ PRRRRIRR S ]

2H, + 2NO—»N, + EHFO
NI NI

JIs the fnllnmng mechanism is consistent with the rate law? Argue.

srate = oy
H, + Nn;- H,0 +N(slow)
N+NO—#N, +O (fast)
O+H,— HO (fast)

4, The rate law for the reaction,
2N,O—»2N,+0,

is rate = k[N,O]- Reaction occurs in two elementary steps. Assume O atom as a reaction

intermediate. Write mechanism for the reaction.

7.5 ACTIVATION ENER

—_~\
~ \/,-\ \

Chemical reactions involve the break jng anﬂ rﬂﬂkmg,df{ﬁen'ifcalj =

bonds. These changes are a%cnmlmnfed hy nges in energies.
Collision theory gp pmposed to explain the observed
kinetics nw &d&i r a chemical reaction to occur, the
combining atoms or molecules must collide with one another.
These collisions may be effective or ineffective depending upon

Do You Know?

Gas explosions in homes can
be caused by switching on a
light. If gas has been
leaking, then a tiny spark
from turning on a light can

the energy and orientation of the colliding particles. The | provide the  activation
effective collision can take place only if the energy of the | energy to start the explosive
colliding particles is high enough to overcome the repulsion | reaction between the
between electrons around the reacting particles. Proper | methane and the oxygen.

orientation means that at the time of collision, the atoms which
are required to make new bonds should collide with each other.
The minimum amount of energy, in addition to the average kinetic energy, which the

particles must possess for effective collisions, is called activation energy.

No reaction occurs if the energy of the reacting particles is lower than the activation energy.

Thus, the speed of a reaction depends on its activation energy. The higher the-activation
energy, the lower the reaction rate, This is because only a small f(a{thl:in ﬂf lfhe malet:ules have
enough energy to react. On the other hand, if the actwahan energy is'smalt, a large number of
molecules can cause effectwe cnllisiuns‘ Therefnre, thef reaction'rate is higher. Consider the
reaction between A; and By mnlecutes and \ﬁew molecule AB. If the energy of these molecules
is equal to or greater than the\activation energy, the collision breaks their bonds and new bonds
are formed,. lnhn effective collision, the molecules form an unstable species called an activated
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complex. Being a high-energy species, it is short-lived agdqu&ckw breakédﬁwh mto products.
The activated complex is also called the tran;wmn state {Figure 7.5)

[ Figure 7.5: Effective collision of molecules. |

In an efficient collision, the colliding molecules move closer to each other and slow down just
before the collision. Their kinetic energy decreases and this leads to a corresponding increase
in their potential energy. Activation energy appears in the form of hills between reactants and
products. Molecules must first climb over an energy barrier before they can roll down the hill
to form products. Only molecular collisions with the right activation energy and orientation can
do this. On the other hand, if they lack the right activation energy, they will not reach the top
of the mountain and will fall back chemically unchanged.

_/\/ N\
— ‘A ‘l
/ — ‘\ = / Y \' ‘-3 U

N \I '/o \(\\w\/ ;
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B Reactants

Reaction path — Reaction path —»
(a) (b)

Figure 7.6: (a) Exothermic reaction (b) Endothermic reaction

A potential energy diagram can also be used to understand enthalpy changes in chemical
reactions. The reaction enthalpy is equal to the difference between the energies of the
reactants and the products. In an exothermic reaction, the products are at a lower energy
level than the reactants. Instead, in an endothermic process, the products have a higher energy
level than the reactants. In both reactions, the activation energy (Ea) is an energy barrier that
must be overcome before products can be formed. If the activation, energy is )not! available to
the reacting particles, the reaction will pot start.. Endﬂthem'iic re‘actfﬁhs require a constant
source of energy to complete the rea::tlﬂn Figure ? ﬁ shows the energy profile of exothermic

—~

and endothermic reactiﬁns CA 0\ \ nUN
AN oV D76 CATALYSIS
A

Many destnal reactions are carried out at high temperature to maximize the amount of
product that can be synthesized in a given time. High temperature reactions introduce safety
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concerns and many chemical species are not stable at hlgh hém eratura Thus a different
method for increasing the rates of chemlcal-rea;tmm wauld behse ul.

Another way to increase’ 'reactfonﬂrate\ =
is to change its mchamsm iin \a way

that lnwers tt] Jﬂt\m ation energy of
the rate dét}.-rmlm ng step. This can be
done by introducing a catalyst.

A substance which accelerates a
chemical reaction but remains
chemically unchanged at the end of a
reaction is called as catalyst and the
phenomenon is called catalysis. A
catalyst provides a new mechanism for
the reaction with low energy of -
activation (Fig 7.7). Thus catalyst - —
increases the rate of reaction b}r F'Iﬂl.lr ? 7. Effect of Catalyst on energy of aﬂl{ﬂﬂﬂﬂ
decreasing its energy of activation. A

catalyst has no effect on the total thermodynamic or enthalpy of the reactm;h Far‘thls reason
a catalyst cannot be used to bring about a chermca; X adipp;rf wh((:h\\t& 'not favoured
thermodynamically. Q \

EREFgY

For example, in the stra@phez&mnver‘s n t;:f mﬂiane mnlecule by an oxygen atom into two
0: molecules occurs. Thm naactmh has hig f energy of activation.

'\\NN,\N% ¥0—» 20, E_=17.1kJmole’

Chlorofluorocarbon compounds diffuse up into the stratosphere. These compounds absorb short
wave length ultraviolet light from the sun, that breaks carbon-chlorine bonds and produce
chlorine atoms. Cl atom catalyze the mechanism requiring less energy of activation.

0,+Cl—0,+Cl0  E,=2.1kJmole’
0+Cl0— 0, +Cl  E =0.4kJmole™

Net reaction: O,+0— 20, E, =2.5kJmole™

It shows that the direct reaction between 03 and O has a substantially higher activation energy
than the chlorine catalyzed reaction .

7.7 GIBBES FREE ENERGY CHANGE AND FEASIBIQTY OF A
REACTION | (11|

Free energy change, Mﬂ% al r’i‘mme MWMWMW G} nmntmn its fiamstiie. A fiemitie
mﬂlnmhmﬂhﬂ? m wwll@mmﬁm,mwm&ﬁmmmﬂlwm
L NN AVA

. Ifﬂ‘&f“immmrequdlunm tifem tthee nestion iis femsitiite.



For more information see sectmn 6. ?

If AG* s positive, then the reaction s nnt tm N\ \(C8 )AL

\ (A ()

The rate of a chemical reaction is a change in the concentration of reactant or
infinitesimally small change in concentration that occurs over an infinite product in the
given time. The instantaneous rate of reaction is the infinitesimally small period of time.
The rate law is an expression that relates the rate of a reaction to the rate constant and
the concentration of reactants raise to an appropriate powers. It can only be determined
experimentally. .

Overall reaction order is sum of the powers to which reactants concentration are raised
in the rate law.

A reaction mechanism is the sequence of elementary steps that describe the reaction.
The rate of reaction is determined by the slowest elementary step called the rate
determining step in the reaction mechanism. PN

The rate of a chemical reaction depends upon the activatjon’ Energyﬁr th& reaction.

The rate constant and a-::tivatiun gnergy are; mfﬂwy (the! Arrhenius equation:
En

k=Ae R or \ V7N (O WAL

Reaction rates are Tnﬂu&nce by theétalyst which change mechanism of the reaction
by decre smgq &rg\; 'of ‘activation.

In hépﬂ&éﬁous catalysis, the catalyst and the reactant are in the same phase whereas
in heterogeneous catalysis the catalyst and reactants are in different phases.

Enzymes are catalysts in living organism.

References for Further information:

Silberberg, Chemistry the Molecular Nature of Matter and Energy
Bonderand Pardue, Chemistry and Experimental Science 2/e
Uno Kask and J. David Rawn, General Chemistry

Graham Hill and John Holman, Chemistry in Context

John M. Deman, Principles of food Chemistry

B Exercise

1:

Choose thecorrect answer .,
(i) The rate of a reactmn

(a) 1ncreases \C \\ -

\ {h} Decreases
‘5? ﬁ&‘mﬁﬁﬁk the 53""5' (d) May increase or decrease.



(1)

,,,\/\
( \
/_/

The unit of the rate constant in the samegs\tQaﬂ eff thexfaﬁfe of reactmn in
urder reactmn, A0

'/
N

(a) First 2\ \\ " (b) Second

N g;;,mﬁlrd 7§ 203

{m)‘ or the reaction;

(iv)

(v)

(vi)

2A + B =, C, the rate law for the reaction is

(a) rate = k[A]?[B] (b) rate = k[A][B]

(c) rate = k[C] (d) None of these

For the reaction;

2A+B - C+D

The expression for the rate law is, rate = k[A]%, the order of reaction in B is;
(a) First (b) Second

(b) (c) Third (d) zero A0
- . % @;o@@f
The activation energy for, a reac @/}

(a) Increas@m
{b)\ T ed asing temperature

ecreased by increasing concentration of reactants
(d) None of these

Rate law for the reaction;

R-X + H,0 — R-OH + HX is, rate = k[R-X]. The rate of reaction will be doubled
when;

(a) Concentration of HEO is doubled

(b) Concentration of R-X is reduced to half
(c) Concentration of R-X is doubled
(d) None of these X\

(O VO
'..\v)

(vii) The rate of an enzyme catatyzed reactmn l&in E@&nde nt uf-\" UL

(a) Cuncentratmn ﬂf Suﬁstrate (0 {I{}/Cbnceﬁtratmn of Product
() Ersz'g,frmq-l ﬁ ” \\ ) {d} Temperature

Ir\\‘l\“\'\“



(viii) If a reaction proceeds in such a way that order. q:f heactmn ﬁmdependent of
the reactants cnncentratmn the overall urder nf reaction would be;

(a) First O T\ " v \\* [b} SE,{ond
(). Third| | U (@) Zero
{l)( lheéctrﬁns with high a:;tivatiun energy are usually;
(a) Fast (b) Slow  (c) Exothermic (d) Reversible

(x) In a reversible reaction catalyst lowers the activation energy of the;
(a) Forward reaction
(b) Reverse reaction
(c) Forward as well as reverse reaction
(d) Forward reaction but increases for the reverse reaction

What is chemical kinetics? How do you differentiate chemical kinetics from
chemical equilibrium?

\/\

Explain effects of concentration, ternperature a\qd&;urfafeﬁ\ar\éa on reaction
T'El.tES —". ®) A\ ". -. .‘ .‘ \, ..‘ ,\ ’. N o’

A~

Evaluate that(mcreawm cc\lksm enei?,? by Inr:reasmg the temperature can
improve the cntllsmn f‘requ&c?

\ﬁf mﬁm@y dlagrams that represent the activation energy and show the effect
a catalyst.

What is the effect of a catalyst on the following?

The rate of reaction

The energy of activation

The reaction of an alkyl halide, R-X with water is as follows

R-X+H,0—R-0OH+HX

If the reaction were a single step process, what would you predict the rate law
to be?

The reaction of a compound A and B to give C and D_ was found tﬂ be second
order in A and second order uverall Wnte raJ:e exprésslunifnﬁ the reaction.

| \_ ™~
[ N

Defend the fnllnwlng statements?

(a) A very Small (amﬂunt\ﬁf f:atalyst may prove sufficient to carry out a
reactu;Tt [} J'

\{b i ’The reactinn rate decreases every moment.
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(c)  The unit of rate constant of a secmd urdevmgtionj; dmmble s“ "

G EPA |
2 /7 .,“.‘.‘,.3,,

10.  For the reaction 35 +B —*AE (Q\LAaV - U
The following data were bbtatne& Erthe reactinn

1 0.10 0.01 | 1.00 x 107

2 0.10 0.02 2.00 x 107

3 ' 0.20 0.01 2.00 x 107

4 . 0.30 0.02 6.00 x 107% .
Illustrate the rate equation for the reaction? (Ans: Rate o [A] [B]}

11.  Explain why powdered Zn reacts faster with an acid aw ec@()\t\\%
O ®)
12 Explnreﬂ&eimpactofcatal@pnl@g m \ \ reactions.
\ \ 71\ ) Bl
13. How does the m@@R a \\\\ rel.ate tu speed of a chemical
reaction. , \ \\\ K\ AR\

14, Calc\w @hergy change for the following reaction at 298K.

MgCO;y;) — Mg0,, + COy,

A= A1)

43%= +0. 175k wor

a. s this reaction feasible at this temperature.
b. Define Gibbs free energy
c. Define enthalpy

15.  Consider the following reaction
2Hy) + ZNO(g) —»2H;05) + Nygg
This reaction is first order with respect to H; and second order with respect to

a. Write the rate expression for this reaction. i,-«.(:\ /—(:
/ N\ N | 7o \ AN
b.  Predict the overall order of this maction WA

c.  How would you expect the rate nf (his reaction would change if the

toncentratiohnf NO Fy
p,temperamre kwasfnund to be 220 mol? dmés".

K \\j\f\k ®




when [Hz] = [NO] = 1. 54: m: ﬂ*@@@@r&aﬂiﬂn at
this tenmerature \W X\ @\ ﬂ%ﬁ‘@

o s
Develop a hypnthetlcal chemical reaction and propose a mechanism for it. Predict its overall

rate expression.




