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Busiistry is, by its very nature, concerned with change. Chemical reac-
iStonvert substances with well-defined properties into other materials
ifferent properties. Much of our study of chemical reactions is con-
with the formation of new substances from a given set of reactants.
ver, it is equally important to understand how rapidly chemical re-
occur. Our everyday experience tells us that some reactions are fast
others are slow (Figure 14.1 »), and we wish to understand the fac-
4t control their rates. For example, what factors determine how rapid-
i spoils? How does one design a fast-setting material for dental
? What determines the rate at which steel rusts? What controls the
hich fuel burns in an automobile engine?
¢ area of chemistry that is concerned with the speeds, or rates, at
actions occur is called chemical kinetics. In this chapter we will
Jow to determine the rates at which reactions occur and how these
an be expressed mathematically. We will see that the rates of chem-
tions are affected by several factors, most notably:

F concentrations of the reactants: Most chemical reactions proceed
er if the concentration of one or more of the reactants is increased.
example, steel wool burns with difficulty in air, which contains
percent O, but bursts into a brilliant white flame in pure oxygen

re14.2 ).

temperature at which the reaction occurs: The rates of chemical reac-

increase as temperature is increased. It is for this reason that we
igerate perishable foods such as milk, The bacterial reactions that
to the spoiling of milk proceed much more rapidly at room tem-

Ature than they do at the lower temperatures of a refrigerator.
Presence of a catalyst: The rates of many reactions can be increased
dding a substance known as a catalyst. We will see that a catalyst
fases the rate of a reaction without being consumed in the reac-
- The physiology of most living species depends crucially on en-
S, protein molecules that act as catalysts, which increase the rates
~ected biochemical reactions.

The brilliant colors seen in
fireworks displays result from
extremely fast, highly
exothermic chemical reactions.
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A Figure 14.1  The rates of
chemical reactions span a
range of time scales. They can
be very fast, as in many
combustion reactions (see the
chapter-opening photograph).
They can also be very slow,
taking years or more, as in the
corrosion of metals in the
atmosphere. In the laboratery
portion of your course you will
probably carry out reactions
that are complete on the time
scale of minutes to hours,

» Figure 14.2 (a) When
heated in air, steel wool glows
red-hot, but oxidizes slowly.
(b) When the red-hot steel
wool s placed in an
atmosphere of pure oxygen, it
burmns vigorously, forming
Fe;0O3 at @ much faster rate.
The different behaviors are due
to the different concentrations
of O, in the two environments.

Chapter 14 / Chemical Kinetics

4. The surface area of solid or liquid reactants or catalysts: Reactions that involve
often proceed faster as the surface area of the solid is increased. For ex
a medicine in the form of a tablet will dissolve in the stomach and en
bloodstream more slowly than the same medicine in the form of a fine py

We will consider these factors as we proceed through this chapter. We
see that chemical kinetics can teach us much about how reactions occur
molecular level. ;

14.1 Reaction Rates
The speed of an event is defined as the change that occurs in a given inte rt
time: Whenevei we talk about speed, we necessarily bring in the notion of}
For example, the speed of a car is expressed as the change in the car’s poj
over a certain period of time. The units of this speed are usually miles pefy
(mi/hr), that is, the quantity that is changing (position, measured in mild
vided by a time interval (hours).
Similarly, we can speak about the speed of a chemical reaction, Or its r¢
rate. Let’s consider a simple hypothetical reaction, A —— B. We will dep
quantity of A with red spheres and the quantity of B with blue spheres
each sphere representing 0.01 mol (Figure 14.3 ). Suppose that we start wi
mol of A in a container of fixed volume, as shown in Figure 14.3(a). Wg
monitor the quantities of A and B at later times. For this hypothetical react}
see that after 20 minutes there are 0.54 mol of A and 0.46 mol of B in the cofl
[Figure 14.3(b)]; notice that the sum of the quantities of A and B is still 1.04%
because one molecule of B is produced for each molecule of A that reacts,
40 minutes we have 0.30 mol of A and 0.70 mol of B [Figure 14.3(c)]. Figure
is a plot of the number of moles of A and B measured every 10 minuté
hour after the start of the reaction {which we call time zero and denote ¢
The reaction rate is a measure of how quickly A is consumed or how:

ly B is produced. Thus, for a given interval of time, we can express the av
rate of the reaction as the increase in the number of moles of B over that inf

@)

ecall that the

is a positive
We can use Ec

Average

change in the number of moles of B
change in time

_ A(moles of B) 7
B At i S the reactior
¥ The rate exp:

produced du

Average rate =
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4 Figure 14.3 Progress of a
hypothetical reaction A — B,
starting with 1.00 mol A. Each
red sphere represents 0.01 mol
A, and each blue sphere
represents 0.01 mol B. (a) At
time zero, the vessel contains
1.00 mol A (100 red spheres)
and 0 mol B (0 blue spheres).
{b) After 20 min, the vessel
contains 0.54 mol A and 0.46
mol B. (c) After 40 min, the
vesse! contains 0.30 mol A and
0.70 mol B. These data, and
those at othet times, are

(a) graphed in Figure 14.4.

Recall that the Greek letter delta, A, is read “change in.” {Section 5.2)

us, At is the change in time between the beginning and end of any specific

Hime interval: Af = (time at end of interval) — (time at beginning of interval}.

“The quantity A(moles of B) is the difference in the number of moles of B mea-
; sured at the final and initial times:

Amoles of B) = (moles of B at final time) — {moles of B at initial time) [14.2]
ecause the number of moles of B is increasing as the reaction proceeds, A(moles
B} is a positive number.
We can use Equation 14.1 and the data in Figure 14.4 to calculate the average
ate of the reaction at different time intervals. For example, the average rate over
deinterval £ = 0 min to £ = 10 min is given by:
A(moles of B)
At
_ (molesof Batt = 10) — (molesof Batt = 0)
10 min — 0 min
~ 0.26 mol ~ 0 mol
10 min — O min

Average rate =

= (0,026 mol/min

¥ can similarly calculate the average reaction rate for each successive 10-min
Priod, as shown in Table 14.1 B Notice that the average rate steadily decreas-
35 the reaction proceeds.
The rate expression in Equation 14.1 focuses on the number of moles of B that
Produced during the reaction; it is the rate of appearance of B. We could have

4 Figure 14.4 Plot of the
numbers of moles of A and B
as a function of reaction time
for the hypothetical reaction
A — B discussed in the text.
At t = O (time zero), there are
1.00 mol A and 0 mol B. The
number of moles of A decreases
and the number of moles of B
increases as the reaction
proceeds.

Number of moles

30 40
Time (min}
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TABLE 4.1 Rate Data for the Hypothetical Reaction A58 . IE14.2 R
Average Rate (mol/
Time, # (min) Moles of A Moles of B per 10-min-interval (s)
a 1.00 4]

10 0.74 0.26 gggg

20 0.54 0.46 0'014

30 0.40 0.60 0'010

40 0.30 0.70 0.008

50 0 0.78 0.006

60 g.16 0.84

expressed the rate of the reaction equally well in terms of the change in thet
ber of moles of A. The stoichiometry of this reaction tells us that one molec
A disappears for each molecule of B that appears. Thus, for any time intepgl
the change in the number of moles of A, A(moles of A), is a negative nur

that is equal in magnitude but opposite in sign to A(moles of B): '

A(moles of A) = (moles of A at final time) — {moles of A at initial timii Av
= —A(moles of B) |
We can combine Equations 14.1 and 14.3 to write the average rate in ter
the change in the number of moles of A: '
ckets arour
_ _ change in the number of moles of A 14.6, indic
Average rate = — change in time 'As before,
earance
_ _ A(malesof A) } wﬁ o the t
af ‘ The data £
This rate is the rate of disappearance of A. Notice the negative sign in Eq el145 V¥
14.4; this is present because A is a reactant that is consumed during the re on at any

Because of the 1:1 stoichiometry of the reaction, the rate of disappears ‘ COver an in
A equals the rate of appearance of B. Later in this section we will general '
stoichiometric relationship between rates of disappearance of reactants an
of appearance of products.

Rates in Terms of Concentrations

In our discussion of the hypothetical reaction A— B we monitored the pr
of the reaction by counting the number of moles of both A and B. Because
ume of the container is fixed, plots of the concentrations of A and B, in hi-
moles per volume, would parallel those that we saw in Figure 14.4. In fa
most chemical reactions we will determine the reaction rate by following ch
in concentration. The units of reaction rates are therefore usually chosen
molarity per second (M/s). We will now use these units to examine reactior
more thoroughly. . _

Asan example, let’s consider the reaction that occurs when butyl chl
CHyCl, is placed in water. The products formed are butyl alcohol, C HyOF
hydrochloric acid:

C:HoCl(ag) + H,O() —> C,;H,OH(ag) + HCl(ag)

Suppose that we prepare a 0.1000 M solution of C,H,Cl in water and thet,
sure the concentration of C,;H,Cl at various times after time zero (Table 14



ﬁu{ 14.2 Rate Data for Reaction of C;HyCl with Water

Average
Time, { (s) [C,H,Cl] (M) Rate (M/s)
00 0.1000 B
50.0 0.0905 A
. X 10
§00.0 0.0820 L6 x 10~
150.0 0.0741 14 %10
200.0 0.0671 122 x 10
300.0 0.0549 o1 % 10-4
400.0 0.0448 ’ —a
0.80 x 10
— 500.0 0.0368 0560 10-*
800.0 0.0200 :
2 10000 0
the num. e
rlecule of
 Interval " We can use these data to calculate the average rate of disappearance of C,HyCl
: number L. .
in units of M/s:
A[C,H,Cl
time) - Average rate = — —[—‘;—t?—]—
[143 R
- _ _( [CaHoClfina time — [CaHsCl]inisial ﬁme) [14.6]
termsof . @ (final time) — (initial time) '

Brackets around a chemical substance, such as those around C;HqCl in Equa-

tion 14.6, indicate the concentration of the substance, often expressed as molar-

ity. As before, the minus sign in Equation 14.6 indicates that this is a rate of

.4 disappearance of a reactant. The calculated average rate for each time interval is
144 '§ shownin the third column of Table 14.2.

The data for [C,H,Cl] versus time from Table 14.2 are plotted graphically in

Equation Figure 14.5 ¥. Using this curve, we can determine the instantaneous rate of the
> reaction. reaction at any point. This is the rate af a particular time as opposed to the average
sarance of tate over an interval of time. The instantaneous rate is obtained from the straight-
ralize the

 and rabes

0.1 S :
* Instantaneous: _ :
009} N\ ' rateatt=0 - oo
. (initial rate) -
€ progres g 1 N :
se the val -7 007 = =N\ i
n units of - NN\ ?
[n fact, fof 2 0.06} T :
g charg® g o05[ - - | -
osen t0 1 5 I : : : : Instantaneous
ction rafes U, 004 o o BN rate at t = 6005 ]
- & x

1 Chlori;‘:l ; QU3 f = oo bt :r.l'}

9’ 0.02|" < g ,

: : : LAt :
D.Dl - - : . : — - - - — ———

then m&’ 100 200 300 400 500 600 700 800 900
sle 14.2 P)

Time (s)
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4 Figure 14.5
Concentration of butyi
chloride, C;HyCl, as a function
of time. The dots represent the
experimental data from the first
two columns of Table 14.2, and
the red curve is drawn to
smoothly connect the data
points. Lines are drawn that are
tangent to the curve at =0
and t = 600 s, The siope of
each of these tangents is
defined as the vertical change
divided by the horizontal
change, that is, A[C,H,ClI/AL.
The reaction rate at any time is
related to the slope of the
tangent to the curve at that
time. Because C4HqCl is
disappearing, the rate is equal
to the negative of the slope.
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line tangent that touches the curve at the point of interest. We have drawn ty, §ge can measure th
such tangents in Figure 14.5, one at t = 0 and the other at = 600 5. The slopes r H, or I,. Becau
these tangents give the instantaneous rates at these times.* For example, to rate of disappe
termine the instantaneous rate at 600 s, we draw the tangent to the curve at this §aquate the rates, w
time, then construct horizontal and vertical lines to form the right triangle showy, $his coefficient in i
The slope is the ratio of the height of the vertical side to the horizontal side; -

Instantaneous rate = A[Ci—tIQCI] = — (0'081070_—04.%2) M
( )s general, for the
=62 x 107°M/s

In what follows, the term “rate,” means “instantaneous rate,” unless indicafed

otherwise. e rate is given b

te =
SAMPLE EXERCISE 14.1 Rate

(a) Using the data in Table 14.2, calculate the average rate of disappearance of C
over the time interval from 50.0 to 150.0 s. (b} Using Figure 14.5, estimate th
taneous rate of disappearance of C;HyCl at ¢ = 0 (the initial rate).

Solution (a} Using data from Table 14.2, we have
A[C,HCI]
At
- (0.0741 — 0.0905) M
(150.0 — 50.0) s
{b) The initial rate is given by the slope of the dashed line in Figure 14.5. Th on {a} U
of a straight line is given by the change in the vertical axis divided by the: ‘ ‘
sponding change in the horizontal axis. The straight line falls from [C,H,Ci] =
to (L0600 M in the time change from 0 to 200 s. Thus, the initial instantaneous ral
_AICHC _ (0060 - 0.100) M
At (200 - 0) s

en we speak (
T produCt, we W

PLE EXERCI

Howis thera
in the follown

Average rate = —

=164 X 10t M/s

Rate = =20 X 1075 M/s

PRACTICE EXERCISE

Using Figure 14.5, estimate the instantaneous rate of disappearance of C4H9C:l ‘ CTICE EXE
300s. Answer: 1.1 X 107 M/s ' r

Reaction Rates and Stoichiometry

During our earlier discussion of the hypothetical reaction A—> B, we saw thal
stoichiometry requires that the rate of disappearance of A be equal to the ra
pearance of B. Likewise, the stoichiometry of the reaction in Equation 14.5 te
that one mole of C;HOH is produced for each mole of C;HoCl consumed.
fore, the rate of appearance of C,;H,;OH equals the rate of disappearance of C, B112 The

Rate < _ MCHCI _ AICH,OH] .

AL = A ¢ decreasn

d14.5is g

What happens when the stoichiometric relationships are not one-to-one of reacl
example, in the reaction neentration

2HI(g) — Hi(g) + L(g)

* You may wish to review briefly the idea of graphical determination of slopes by refetring
pendix A. If you are familiar with calculus, you may recognize that the average rate approa
instantaneous rate as the time interval approaches zero. This limit, in the notation of calculus;
resented as —d[C,HCl}/dt.

ce of res
ns whos
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we can measure the rate of disappearance of HI or the rate of appearance of ei-
ther H or I, Because 2 mol of H] disappear for each mole of H, or L that forms,
the rate of disappearance of Hl is twice the rate of appearance of H, or .. To
equate the rates, we must therefore divide the rate of disappearance of HI by 2
(its coefficient in the balanced chemical equation):

1 A[HI]  A[H,]  A[l]
2 At A At

Rate =

In general, for the reaction
A + b —— ¢C + dD

the rate is given by

L AA] 1 AB] _ 1 AC] 1 AD]

Rate = — — S . =
are a At b Af c At d A

[14.7]

When we speak of the rate of a reaction without specifying a particular reactant
or product, we will mean it in this sense.*

SAMPLE EXERCISE 14.2

fa) How is the rate of disappearance of ozone related to the rate of appearance of oxy-
gen in the following equation: 205(g) — 30,(g)? (b) If the rate of appearance of O,,
A[O,]/At, is 6.0 X 107° M/s at a particular instant, what is the value of the rate of dis-
appearance of O, —A[O,]/At at this same time?

Sofution  {a) Using the coefficients in the balanced equation, we have
1 A[0] _ 1 4[0)]

2 At 3 At

(b) Using the relationship from part (a), we have

_ A[()3] . E 'ﬁ[OZ] — _2_ -5 — -5
A S 3 A~ 3 (BOX 107 Mfs) = 40 X 107 Ms

Rate = —

PRACTICE £XERCISE
The decomposition of N,O proceeds according to the equation
N;05(g) — 4NO,(g) + Oy(g)

¥the rate of decomposition of N,(Os at a particular instant in a reaction vessel is 4.2 X

1077 M/s, what s the rate of appearance of (a) NO,; (b} O,? Answers: (a) 8.4 x 1077
Mfs; (0) 2.1 x 1077 M/s

142 The Dependence of Rate on Concentration
The decreasing rate of reaction with passing time that is evident in Figures 14.4
and 145 js quite typical of reactions. Reaction rates diminish as the concentra-

[ . .
ons of reactants diminish. Conversely, rates generally increase when reactant
‘ncentrations are increased.

. S

dmah{m 147 does not hold true if substances other than C and D are formed in significant amounts

cﬂntragﬁthe ceurse of the reaction. For example, sometimes intermediate substances build in con-

aran on before forming the final products. In that case the relationship between the rate of disap-

ot Ce of reactants and the rate of appearance of products will not be given by Equation 14.7. All
008 whose rates we consider in this chapter obey Equation 14.7.

p."
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One way of studying the effect of concentration on reaction rate is to deter;

Once we hu
the way in which the rate at the beginning of a reaction depends on the 5

, W carn ¢
concentrations. To illustrate this approach, consider the following reactio ‘:p;’ using Ex
NH,"(a9) + NO,™ (ag) — Ny $) + 2H,0() ¢ {NH,"] =0.

Rate =

Note that if the
aduction of T

We might study the rate of this reaction by measuring the concentration of
or NO,™ as a function of time or by measuring the volume of N; collecte
cause the stoichjometric coefficients on NH,",NO,", and N, are all the samy
of these rates will be equal.

Once we determine the initial reaction rate (the instantaneous rate atf
for various starting concentrations of NH," and NO,~, we can tabulate the
as shown in Table 14.3 ¥. These data indicate that changing either [NH, ‘ rate laws fc
(NO,"] changes the reaction rate. Notice that if we double [NH, "] while holi5 :
[NO, ] constant, the rate doubles (compare experiments 1 and 2). If INH,*]

creased by a-factor of 4 (compare experiments 1 and 3), the rate change E ¢ exponents
factor of 4, and so forth. These results indicate that the rate is proportig 1 is the ovel
[NH, ] raised to the first power. When [NO, ]is similarly varied while ,* with NO,
is held constant, the rate is affected in the same manner, We conclude that ‘power. Th

s also directly proportional to the concentration of NO,™. We can EXpresUE. Atis also.
overall concentration dependence as follows:

Rate = k[NH,"][NO,"] e followi

2»

Teactants, is called a rate law. The constant k in the rate law is called {HE{E CHCly(g) +
constant. The magnitude of k provides us with extremely important infisg
tion about reactions, as we will see later in this chapter.

It we know the rate law for a reaction and its rate for a set of reactz
centrations, we can calculate the value of the rate constant, k. For exampl

Ha(g)
that the
balaniced
tally. Tn s
5.4 X 1077 M/s = k(0.0100 M)(0.200 M) . ion 14.11)
Solving for k gives

54 X 1077 M/s
= =27 X WM 151 1nits of the
(0.0100 M)(0.200 M) : ample, in
You may wish to satisfy yourself that this same value of k is obtained usi - ust satis

of the other experimental results given in Table 14.3.

Units ¢

S nouru
£ e Units of ra
Experiment  Initial NH,* Initial NO," Obse
Number Concentration (M) Concentration (M) Rate (M _
1 0.0100 0.200 5.4 % 107 48 W E EXERC
2 0.0200 0.200 10.8 X 10™ ] : tare the
3 0.0400 0.200 21.5 X 10" _' -11’;' b v
4 0.0600 0.200 323 % 10° !
5 0.200 0.0202 10.8 x 10 : OB (a) T]
6 0.200 0.0404 21.6 x 10 ! of
7 0.200 0.0606 32.4 x 107728 ' derin N,
8

0.200

0.0808 43.3 x 107 3and o1
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Once we have both the rate law and the value of the rate constant for a re-
action, we can calculate the rate of reaction for any set of concentrations. For ex-
ample, using Equation 14.8, and k = 2.7 x 107" M~%s!, we can calculate the rate
for [NFL; '] = 0.100 M and [NO, ™| = 0.100 M:

Rate = (2.7 > 107*M™'s™1)(0.100 M)(0.100 M) = 2.7 X 10~ M/s

Nete that if the concentration of either NH;" or NO,~ were doubled, the rate of
production of N, and H,O likewise would double.

Reaction Order
The rate laws for most reactions have the general form
Rate = k[reactant 1]"[reactant 2]"... [14.9]

The exponents m and # in Equation 14.9 are called reaction orders, and their
sum is the overall reaction order. For example, the rate law for the reaction of
NH,* with NO,™ (Equation 14.8) contains the concentration of NH, " raised to the
first power. Thus, the reaction order in NH,* is 1; the reaction is first order in
NH,". Itis also first order in NO, . The overall reaction orderis 1 + 1 = 2; we say
the reaction is second order overall.

The following are some further examples of rate laws:

2N,05(2) — 4NO,(g) + Ox(g) Rate = k[N,Os] (14.10]
CHCly(g) + Cly(g) — CCly(g) + HCl(g) Rate = K[CHCL]ICL]Y? [14.11]
Hy(g) + I(g) — 2HI(g) Rate = k{H,][L,] [14.12]

Notice that the reaction orders do not necessarily correspond to the coefficients
inthe balanced chemical equation. The values of these exponents are determined ex-
perimentally. In most rate laws, reaction orders are 0,1, or 2. However, we also oc-
casionally encounter rate laws in which the reaction order is fractional (such as
Equation 14.11) or even negative.

Units of Rate Constants

The units of the rate constant depend on the overall reaction order of the rate law.

For éxample, in a reaction that is second order overall, the units of the rate con-
stant must satisfy

Units of rate = (units of rate constant){units of concentration)?
HEHUE, in our usual units of concentration and time,

. units of rate M/s 4
Units of rate constant = - — = —— =M1,
{units of concentration) M

SAMPLE = - 2ge)SE 14.3

(8) What are the overall reaction orders for the reactions described in Equations 14.10

and 14.117 (b) What are the usual units of the rate constant for the rate law for Equa-
tion14.17

Solution {a) The overall reaction order is the sum of the powers to which all the con-
eeMrations of reactants are raised in the rate law. The reaction in Equation 14.10 is
18t order in N, Qs and first order overall. The reaction in Equation 14.11 is first order
! Cl; and one-half order in Cl,. The overall reaction order is three halves.

. E®.  Rates of Reaction
W simulation
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(b) For the rate law for Equation 14.10 we have fourfold. "
Units of rate = (units of rate constant)(units of concentration)
So

. units of rate- M/s :
Units of rate constant = ik o M =g-1 from twc

units of concentration M

Notice that the units of the rate constant for the first-order reaction are differs
those for the second-order reaction discussed above.,
PRACTICE EXERCISE

(a) What is the reaction order of the reactant H, in Equation 14.127 (b) What
units of the rate constant for Equation 14.11?  Answers: (a) 1; {b) M~1/%51

" equals

Using Initial Rates to Determine Rate Laws

: . . . g the rate
The rate law for any chemical reaction must be determined experimenty g the ra

cannot be predicted by merely looking at the chemical equation. We oftg
termine the rate law for a reaction by the same method we applied to the d;
Table 14.3: We observe the effect of changing the initial concentrations of Beiin ’
actants on the initial rate of the reaction. If a reaction is zero order in a P ;. (b) Using
lar reactant, changing its concentration will have no effect on rate (asIg ‘
some of the reactant is present). If the reaction is first order in a reactant,
in the concentration of that substance will produce proportional changes 1SEREEN.. _
rate. Thus, doubling the concentration will double the rate, and so forth, ‘ ) Using
the rate law is second order in a particular reactant, doubling its concen B
increases the rate by a factor of 22 = 4, tripling its concentration cat
rate to increase by a factor of 3% = 9, and so forth.

In working with rate laws, it is important to realize that the rafe of a
depends on concentration, but the rafe constant does not. As we will see CE EX

this chapter, the rate constant (and hence the reaction rate) is affected b: : icular re
perature and by the presence of a catalyst. E . 2 miti
I
In
SAMPLE EXERCISE 14.4 -
The initial rate of a reaction A + B— C was measured for several differerif SN at is the
concentrations of A and B, with the results given here: . 7 ) 2 0.400
M/s
Experiment Initial Rate
Number [A} (AD [B] (M (M/s)
1 0100 . 0.100 4.0x 1075 ‘
2 0.100 0.200 4.0 x 1075 : . The
3 0.200 0.100 16.0 x 1075 i )
te law te]
Using these data, determine (a) the rate law for the reaction; (b) the magni 95 we cha
rate constant; (c) the rate of the reaction when [A] = 0.050 M and [B]=0 that tel]
Solution {a) We may assume that the rate law has the following fo ' : durmg’t}
HAJ"BI". Our task is to deduce the values of m and 7. Notice that whew [AT e’ don't
stant and [B] is doubled, the rate remains the same {compare experiments 1 U shoy)
conclude that the concentration of B has no effect on the reaction rate. The B rersion 1o
therefore zero order in B. Experiments 1 and 3 indicate that doubling [A]i ‘ that are
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14.3 ¢ The Change of Concentration with

reaction is sec-

Rate = K[AF[B]" = i AJ°

conclusion could be reached in a more formal way by taking the ratio of the
twa experiments:

Rate2 40710 “Ms

Ratel ~ 10 % 10 M/

site laws, then, we have

fate? _ AO100MI"0200 M [0.200) )

1 - —07 _ —_—

ratel - KOI00MP0I00 M) [01oa)

~sTonlyvif v = 0 We can deduce the value of wr in a similar fashion;
Rate3 100510 Mg
Rate ] 405107 Mys
tte law gives
rate 3 k{0.200 M["'[O;lOO_Mi B Eio%’

1= . L = .
rate T M0200 MI*[0.300 M)~ [0.100)"

"

2" = dindicates that w = 2
-3 the rate law and (he data tfrom experiment 1, we have
rate $0 21077 Mys

S T e = g 10T M
: (Al (0.100 M) 10%10 )

- vthe rate law from part (a) and the rate constant from part (b), we have

© = KAP = (40~ 10 M Y050 M) = 1.0 1077 Mys
-not part of the rate law, it is immaterial o the rate, provided that there
¢ B present to react with A

Bemeg

AR

1action was found to depend on the concentration of the hydrogen jon,
-al rates varied as a function of [H ] as follows:

Ton 0.0500 0.100 0.200
tial rate (M/s})  6.1% 10 32x10 7 16 x 1077

order of the reaction in [H]? (b) Predict the initial reaction rate when
E Ansteers: (@) -1 (the rate js intversely proportional to [H™]}; (b) 0.50

“how the rats of a reaction changes at a particular tempera-
rradtant corcontrations Rate laws can be comverted inta equa-
~chal the concertration: of the reactants or products are at any
SAPRE af e

sion The mathematics required involves caleu-
AL perferm the calewius Operaiions; howey-
W LY Lse D resdiling sguabioms We awill applyv ths

.

et ey those that are £ rer-grder overs'l and
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First-Order Reactions . .

A first-order reaction is one whose rate depends on the concentration of
gle reactant raised to the first power. For a reaction of the sort A —s prod
the rate law may be first order:

~ _AlAl _
Rate = AT HA)

Using calculus, this equation can be transformed into an equation that y j :
the concentration of A at the start of the reaction, [A]y, to its concentration a o
other time ¢, [A]: '

3. First Order Process _ — _ [A]; - _
ﬁw Fist O In[A], — In[A)y = -kt  or In—[A]U kt

The function “In” is the natural logarithm (Appendix A.2)*
Equation 14.13 can be rearranged:

InfA}, = ~kt + In[A],

first-ord

This equation has the form of the general equation for a straight line, Y ; :fnlc:gg
b, inwhich m is the slope and & is the Y-intercept of the line (see Appendix E ' 2 (; lake is
i ar:

iy

Yy = mx+ b

Thus;, for a first-order reaction a graph of In[A], versus time gives a straight{j
witha slope of —kand a y-intercept of In[A],.

Y Figure 14.6 The As an example of a first-order reaction, we can consider the conversionies

transformation of methyt

isonitrile, CH.NC. o methyl isonitrile, CH;NC, to acetonitrile, CH,CN (Figure 14.6 «). Becaust : ;
acetonitl:ile, éH;éN. is a first- periments show that the reaction is first order, we can write the rate law: . | obtain [in
order process. Methylisonitrile

and acetonitrile are isomers, Rate = — M = k[CH;NC]}

molecules that have the same At

atoms arranged differently, This ) . L L te that th
reaction i cglled an 4 Figure 14.7(a) » shows how the partial pressure of methyl isonitrile varies ‘ )18;&
isomerization reaction. time as it rearranges in the gas phase at 198.9°C. We can use pressure as a

concentration for a gas because, from the ideal-gas law, the pressure is din

straight line. The slope of this line is —5.1 X 10~5 51, (You should verify
yourself, remembering that your result may vary slightly from ours becat
inaccuracies associated with reading the graph.) Because the slope of th :
equals ~k, we see that the rate constant for this reaction equals 5.1 X 1075 48 RACTICE E

For a first-order reaction, Equation, 14. . IS i decomy

'

started, (2) the time required for a given fraction of a sample to react, or (3)

time required for a reactant concentration to reach a certain level. £ the initial

* In terms of base-10 or common logarithms, Equation 14.13 can be written as

kAL m
2303 7 %F7al, 2303 ¢ half-1if

Acetonitrile The factor 2,303 arises from the conversion of natural logarithms to base-10 logarithms. ' _ a Teactant |

¥ Half-life

log[A], - loglA], = -
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.
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.
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o
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I pressure, CHyNC

36 N

Y 34
10,000 20,000 30,000 0

Time (s)

4

10,000 20,000
Time (s)

30,000
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‘ERCISE 14.5

sider rate constant for the decomposition of a certain insecticide in water at
5 vr A quantity of this insecticide is washed into a lake on June 1, leading
toa cond:-

stration of 5.0 % 1077 g/em? of water. Assurne that the effective temperature
-1s 12°C. (a) What is the concentration of the insecticide on June 1 of the fol-

ar? (b) How long will it take for the concentration of the insecticide to drop

© 7 gfem®?

la) Substituting & = 145 yr™, t = 1.00 vr, and {insecticide], = 5.0 x 1077
' Equation 14.14 gives

In[insecticide],-,,, = —(1.45 vr " *)(1.00 yr) + In(5.0 x 1077

= In function on a calculator to evaluate the second term on the right, giving

In[insecticide],..,,, = 145 + (~14.51) = —15.96

‘insecticide};—, ,, we use the inverse natural logarithm, or ¢*, function on the

finsecticide],..;,, = ¢ % =12 x 1077 g/em®

the concentration units for [A)], and [A], must be the same.
Jain substituting into Equation 14.14, with [insecticide], = 3.0 % 1077 g/cm’,

In(3.0 X 1077) = —(145 yr ")) + In(5.0 ¥ 10™7)
7t gives

t=—=[n(3.0 X 1077) ~ In{5.0 X 1077)]/1.45 yr '
=(—15.02 + 14.51)/145 yr™! = 0.35 yr

t XERCISE

: *position of dimethyl ether, (CH,),Q, at 510 °C is a first-order process with

stantof 6.8 X 1071 g7,
(CH,),0(g) — CH,(g) + Ha(g) + CO(g)

il pressure of (CH,)-O is 135 torr, what is its partial pressure after 1420 s?
! torr

‘e of a reaction, f, 5, is the time required for the concentration of
10 drop to one half of its initial value, [A], = 1[A].. We can

< Figure 14.7

(a) Variation in the partial
pressure of methyl isonitrile,
CHyNC, with time at
198.9°C during the reaction
CHNC —— CH;CN. (b) A
plot of the natural logarithm
of the CH;NC pressure as a
function of time.

“
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+W, Rates of Reaction
LW simulation

» Figure 14.8 Pressure of
methy isonitrile as a function
of time. Two successive half-
lives of the isomerization
reaction, Figure 14.6, are
shown,

 tion of reactant. Thus, the half-life is the same at any time during the reaction.’

determine the half-life of a first-order reaction by substituting [A),,, ini cond-Ord

Equation 14.13:

“‘ 3 second'ord
%{A](] l{ ispd to the
[a), = ch raised b
iy —> produ
Ing = —kti ;s - one reactant,
In}  0.693
tip=— + T T f14.1

Notice that t,, for a first-order rate law is independent of the initial concens Relying on ¢
for example, the concentration of the reactant is 0.120 M at some moment in,
reaction, it will be 3(0.120 M) = 0.060 M one half-life later. After one more
life passes, the concentration will drop to 0.030 M, and so on. The concept
half-life is widely used in describing radioactive decay. This application is
cussed in detail in Section 21 4.

The data for the first-order rearrangement of methyl isonitrile at 198.9°C
graphed in Figure 14.8 ¥. The first half-life is shown at 13,300 s. At a tin
13,300 s later, the isonitrile concentration has decreased to one half of one
or one-fourth the original concentration. In a first-order reaction the concentrati
of the reactant decreases by 3 in each of a series of regularly spaced time intervai
namely, ty,,. ’

SAMPLE EXERCISE 14.6
From Figure 14.5 estimate the half-life of the reaction of CiHoCl with water, €sec that.‘

Solution From the figure we see that the initial value of [C4HCl] is 0.100 M,
half-life for this first-order reaction is the time required for [C;H,Cl] to dec
0.050 M. This point occurs at approximately 340 s. At the end of the second

which should occur at 680 s, the concentration should have decreased by yet 2

factor of 2, to 0.025 M. Inspection of the graph shows that this is indeed the casé MPLE E
ESihe follow
PRACTICE EXERCISE ide at |

Using Equation 14.15, calculate ¢, 12 for the reaction described in Practice Exercise
Answer: 1.02 X 10%

150¢

w3
~
o

Pressure, CH3NC (torr)
&

|
|
I
1
J

0 10,000 20,000 30,000
Time (s)
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snd-Order Reactions

cond-order reaction is one whose rate depends on the reactant concentration
d to the second power or on the concentrations of two different reactants,
raised to the first power. For simplicity let’s consider reactions of the sort
> products, or A + B—— products. If such a reaction is second order in just

reactant, A, the rate law is given by
. Al4] 2
Rate = A S k[A]
ing on calculus, this rate law can be used to derive the following equation:
1 1 '
— =kt + — 14.16
Al AL, [14.16]

equation, like Equation 14.14, has the form of a straight line (y = mx + b).
reaction is second order, a plot of 1/[A], versus ¢ will yield a straight line
a slope equal to kand a y-intercept equal to 1/[A],. One way to distinguish
een first- and second-order rate laws is to graph both In[A], and 1/ [AL
stt. If the In[A], plot is linear, the reaction is first order; if the 1/ [Al;plotis
, the reaction is'second order.

sing Equation 14.16, we can show that the half-life of a second-order
Om is

1 .
= — 417
tiy kAL , [14.17]

2 that, unlike the half-life of first-order reactions, the half-life of a second-
reaction is dependent on the initial concentration of reactant,

’LE EXERCISE 14.7

ollowing ‘data were obtained for1 the gas-phase decomposition of nitrogen
le at 300°C, NOy(g)—>NO(3) + 30,(g):

Fime (s) INO,] (D)

0.0 0.01000
50.0 0.00787
100.0 0.00649
200.0 0.00481
300.0 0.00380

eaction first or second order in NO,? )

n Trl):_test whether the reaction is first or second order, we can construct plots
Oy} ard 1/{NO,] against time. In doing so, we will find it useful to prepare the
ng table from the data given:

Time (s}  [NO,] (M) In[NO,!  1/INO,]

0.0 0.01000 —4.610 100
50.0 0.00787 —4.845 127
100.0 0.00649 —5.038 154
200.0 0.00481 © —5.337 208

300.0 0.00380 —5.573 263
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-4.6
» Figure 14.9 Plots of the —48 250
kinetic data for the reac1ti0n — 50}~ 4 - e -
NOz(g) -—— NO(g) + 20,(g) Q NG o)
at 300°C. A smooth curve £ 521 - F N o Z
connecting the data pointsina ~ © LN i > 180
ptot of IN[NO,] versus time {a) -S54 BT T
is not linear; consequently, we 56| d RS S ey
can conclude that the reaction j
is not first order in NO,. The 58— s 50

plot of 1/[NG,} versus time (b) 0 100
is linear; the reaction is second
order in NQ,,

e ()

As Figure 14.9 4 shows, only the plot of 1/[NO,] versus time is linear, Thus i

tion obeys a second-order rate law: Rate = k[NO,J%. From the slope of this sh
line graph we have that k = 0.543 M5 for the disappearance of NO,.

PRACTICE EXERCISE

What is the half-life from time ¢ = 0 for the decomposition of NO,, as repres
the tabular data above? Answer: 184 s Y

Several small molecules containing carbon-chlorine or car-
bon-bromine bonds, when present in the stratosphere, are
capable of reacting with ozone, Oy, and thus contributing
to the destruction of the ozone layer. (The nature of the
stratospheric ozone layer and its importance for Earth’s

ecosystems is discussed in Section 18.3). These small mol-

ecules are largely anthropogenic; that is, their presence in
the atmosphere is due mainly to human activities.

Whether a small halogen-containing molecule con-
tributes significantly to destruction of the ozone Iayer de-
pends in part on its concentrations near Earth’s surface, and
‘on its average lifetime in the atmosphere. It takes quite a
long time for moleciles formed at Earth’s surface to diffuse

. through the lower atmosphere (called the troposphere} and
maove into the stratosphere, where the ozone layer is locat-
ed (Figure 14.10 »). Decomposition in the lower atmos-
phere competes with diffusion into the stratosphere,

The much-discussed chlorofluorocarbons, or CFCs,
contribute to the destruction of the ozone layer because
they have long lifetimes in the troposphere and thus per-
sist long enough so that a substantial fraction of the mole-
cules formed at the surface find their way to the
stratosphere. Another simple molecule that has the poten-
tial to contribute to destruction of the stratospheric ozone
layer is methyl bromide, CH;Br. This substance has a wide
range of uses, including antifungal treatment of plant

Chemistry at Work Methyl Bromide in the Atmosphere

seeds, and is thus produced in large quantity, b

million pounds per year. In the stratosphere #i¢
bond is broken through absorption of short Wiy
radiation. === (Section 18.2) The Br atoms cata}
composition of Oy. oo

Methyl bromide is removed from the los
phere by a variety of mechanisms, including a
tion with ocean water: :

CH;Br(g) + HO(l) — CH,OH() + HBr(aq)

224
To determine the potential importance of CHgB
struction of the ozone layer, it is important to &t
rapidly reaction 14.18 and all other removal
together remove CH;Br from the atmosphere be
diffuse info the stratosphere. Professor F. Sherwgd
land and colleagues have recently carried out réd
estimate the average lifetime of CH,Br in E (!
phere.* Such an estimate is difficult to make. It &
done in laboratory-based experiments because t
tions that exist all over the planet are too co

fi

it

* Professor Rowland, together with R. Molina and B &
received the 1995 Nobel Prize in chemistry for atmospl
ies that led to understanding how the ozone layer
decomposes, == (Section 18.3) :

iy
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A rueaction may also be second order by having a first-order dependence of
ihe rate n each of two reagents; that is, rate = k[AJ[B]. It is possible to derive an
express. for the variation in concentrations of A and B with time. However, we
will not ~ensider this and other more complicated rate laws in this text.

14.4 :mperature and Rate

The rate - of most chemical reactions increase as the temperature rises. For ex-
ample, cough rises faster at room temperature than when refrigerated, and
lants ¢ w more rapidly in warm weather than in cold. We can literally see
the effec: nf temperature on reaction rate by observing a chemiluminescent re- .
action, ¢ne that produces light. The characteristic glow of fireflies is our most b
commor example of such a reaction. Another familiar example is the light pro-
duced I+ . the popular Cyalume® light sticks, which contain chemicals that pro-
duce ch: miluminescence when mixed. As seen in Figure 14.11 + , these light
sticks produce a brighter light at higher temperature. The amount of light pro-
duced is greater because the rate of the reaction is faster at the higher temper-
ature. Although the light stick glows more brightly initially, its lJuminescence
also die= cut more rapidly.
How s this experimental observation of faster reaction at higher tempera-
tures reflected in the rate expression? The faster rate at higher temperature is
due to an increase in the rate constant with increasing temperature. For example,

simulated in the laboratory. Instead, these scientists
gathered nearly 4000 samples of the atmosphere during
aircraft flights all over the Pacific Ocean and analyzed
them for the presence of several trace organic sub-
stances, including methyl bromide. From a detailed
analysis of the patterns of concentrations, it was possi-
ble for them to estimate that the atmosplieric residence time
for CH.Br is 0.5 + 0.1 year.

The atrosphertic residence time is equivalent to the half-
life for CHBr in the lower atmosphere, assuming that it de-
tomposes by a first-order process. That is, a collection of
CH;Br molecules present at any given fime will, on average,
be 50 percent decomposed after 0.8 vears, 75 percent de-

Stratosphere
Diffusion toward
stratosphere
Troposphere
Decomposition

composed after 1.6 years, and so on. These decomposition
pathways compete with its diffusion upward through the
troposphere and into the stratosphere. A residence time of
0.8 vears, while comparatively short, is still sufficiently long
so that CH;Br makes a significant contribution to the de-
struction of the ozone layer. In 1997 an international agtee-
ment was reached to phase out use of methyl bromide in the
developed countries worldwide by 2005. A U.S. law banning
use of methyl bromide after 2001 was modified by Congress
in 1998 to permit use of the substance until 2005. There are
presently no good alternatives to methyl bromide as a pesti-
cide against the Asian long-horned beetle, a voracious non-
native pest that has recently invaded the United States.

= Figure 14.10 Distribution and fate of
methyl bromide, CH;Br, in the atmosphere.
Some CH1Br is removed from the atmosphere by
decomposition, and some diffuses upward into
the stratosphere, where it contributes to
destruction of the ozane layer. The relative rates
of decomposition and diffusion determine how
extensively methyl bromide is involved in
destruction of the ozone layer.




