DOCUMENT RESUME

ED 065 280 SE 013 336

TITLE UNESCO Science Teaching Project in Asia, Newsletter,
Volume 3, Numbe:x 4/5, May 1970.

INSTITUTION United Nations Educatiomal, Scientific, and Cultural
Organization, Bangkok (Thailand). .

PUB DATE May 70

NOTE 121p.

EDRS PRICE MF-$0.65 HC-$6.58

DESCRIPTORS *Chemical Reactions; *Chemistry; Experiments;

*Instructional Materials; International Education;
*Laboratory Manuals; Science Activities; *Secondary
School sScience; Teaching Guides

IDENTIFIERS UNESCO

ABSTRACT

This UNESCO newsletter is divided into these three
sections: (1) a student chapter on the rates of chemical reactions;
(2) the student laboratory guide; and (3) the teacher laboratory
guide. The laboratory guides describe 14 experiments showing students
the differences in chemical reactions and how the rate can be
affected by. temperature, concentration or catalysts. In the student's
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answers, with the explanation in detail, are summarized in the
teachers' guide. (Author/PR)
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REPORT ON THE THAI-UNESCO_ CHEMISTRY SUMMER INSTITUTE

30 March to 24 April 1970

I. Aims of the 1970 Summer Institute in Chemistry.

In staff discussions, the following aims of the Summer
Institute were agreed upon explicitly:

A, To teach, in simple terms, the concepts involved in Rates
of Reaction -- the content of rates of reaction.

B. To teach how these can be taught at school level =--
the methodology of rates of reaction.

C. To teach the participants to evaluate and adapt classroom
and laboratory materials to their own s3ituations.

D. To help them learn how to introduce these materials and
other similar materials for improving their own syllabi
and curricula -- the technigues of curriculum reforn.

I1. Implementation of the Aims.

Lectures, diecussions, .and lecture experiments -covered the
eontent of rates of chemical redctions. Discussions and laboratory
work made clear to the participants how these can be covered in
high school work. ’

A special set of laboratory experiments, together with further
discussions, explored the participants, ability to evaluate and
adept some materials to a developing country's situation.

Discussions on examinations, how to set and how to evaluate
them, together with discussions on syllabus content helped to show
many participants directions which could be taken towards curriculum
reforms. A special group of Thai staff members and participants was
formed into a working group to draft a set of recommendations
which shall be transmitted to the Ministry of Education through the
Summer Institutes' Organizing Committee.

I1II. Evaluation

All in all the conduct of the Chemistry Summer Institute was
satisfactory. As in all of this type of endcavor, some lines of
action which should have been taken became clear only at the end
of the session.

The aim of teaching content and methodology of rates of
reaction was fulfilled quite adequately. There was certainly need
to educate the participants in this area. The theme Rates of
Reaction this year completes the programme of covering the most
important topics in chemistry teaching at pre-university level.
Previous Summer Institutes have dealt with Encrgy, Compound Forma-
tion, Stoichiometry and Equilibria.
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RATES OF REACTION

The world is full of changes. Some are rapid as are fires.
Some are slow as is rusting. Most, including fires and rusting, are
fast or slow depending on the conditions. For example, the time
needed to cook food varies with the cooking temperature, and the time
_needed to remove a crowd of people by bus varies with the number of
pecople and number of buses available. The amount of change per unit
of time is called the rate of change, and, in chemistry, the rate of
reaction,

Fast and Slow Reactions.

Most of the chemical reactions you have studied have been rather
fast, for example, the precipitation of solids, the generation of gases,
and the changes in color observed in your study of chemistry. Such
reactions stop after a few seconds or minutes. But, of course, they
were chosen as examples because their rates are rapid enough for you
to observe the change in the available time.

Very rapid reactions (such as explosions) may be over in one
thousandth of a second whereas slow reactions may take years (iron
rusting, wood rotting), centuries (decomposition of concrete), or even
millions of years (mountains growing and wearing down).

Of course, explosives, such as gun powder, need not explode.
They can burn at a slower rate or they can decompose even more slowly
just sitting at room temperature. These changes in rate are primarily
due to changes in temperature., There is an increase in rate for the
great majority of reactions when the temperature of the system increases
and one of the simplest methods of varying a rate of reaction is to vary
the temperature. If accurate measurements of rates are to be made it
is essential that the temperature be constant during the reaction.

Jalf-Lives

Radioactive (nuclear) reactions have the longest range of rates,
and the most accurately measured rates, known. Some nuclear reactions
are 80 slow that most of the starting material still remains after &
million or more years. In order to describe such a long range of rates
cf reaction scientists have used the term half-life. The half-life
for any reaction is the time which would be required (under a given sct
of conditions) for half the initial material to react. See Figure 1.
Can you see that the concept of half-life suggests reactions never ''go
to completion?" Can you also see that 0.1 lives, 0.01 lives, and so
forth are also useful in discussing rate of reaction?
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Nunber ‘of half-lives.

Fig, 1. Parcentage of starting material remaining after zero ‘to - six half-
.., lives have elapsed. After 10 half-lives only 0.1% of the starting
., ..materials remain. This is often a negligible amount and the react-
" don is often’ said to "“go to completion", Actually, of'.course, -
reaction continues, ' : o '

.. .. Rhdioactive reactions are especially-easy to describe in terms of B
half-lives since the half-life of each reaction is constent regardlsss of the
concentration or amount of the starting material and is almost unchanged by
changes Oext.emal conditions, Known radioactive half-lives range from =
- about. 10" ‘secondsto 1040 years. - Shorter and longer half-lives cannot be

reasured with present :techniques. . For shorter half-lives the materials dis-~
appear-too ‘rapidly to be detected. - For longer half-lives the rate is too -
small to measure. , - et

The half-life for a reaction can be measured more accurately than the
time for the. reaction.to finish or go to completion, sspecially for reactions
lasting :an aour-or longer. Furthermore, reactions genérally do not "go to

completion" (See Figurel) ror is it easy to decide 'when a .change is "finished",

. We shall, therefore, usually use half-lives to Ciscuss rates. For fast re-
actions .of the type you will deal with in the laboratory both the half-lives

- and the time until observable change. stops are of the order:of a few seconds

or minutes.” On the other hand, for a slow radicactive reaction, with a half-
life of 1 year, thére will still be about 6% of the material left st the end

of - four years:(See Figure 1). Clearly there is a.readily observable difference
tetween half-life and time to "finish" the reaction in such cases. But if the
half-life is 1 second, only one thousandth of the original material would be
left in 10 sece, (See Figure 1). In effect, fast reactions are over by the

time ordinary observations can be made. @o you think that all reactions then
crage?

We:shall discuse rates in terms of half-lives in order to emphasize that
ceactions do not "go to completion" in any readily definable time. The half=-
v life is the time which would be required for half the original materials to

rsact. For most reactions you will study, the half-life and "time to comple-
tion" do not differ greatly. Quite often it is convenlerit to measure the time
{or a smaller fraction of reaction than one half-life. The ideas are the same.
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Yew Do ReactionsOccour?

-

Iron and water reatt, in the presence of air, to give rust. If any
one of che three reactants ia absent, rusting will not oscur. Only when
substances are mixed can they react. At the molecular level, we rephrase
this to say that molecules must collide before they can react.

Yet collisions-alone are clearly not enough to give reaction. Gun
powder is a mixture of charcoal, sulfur, and potassium nitrate. The mole-
cules gre in continual motion and Jostling against one anotaner. Yet they
oxplode only when ignited by a spark or a sharp blow, both of which raise :
the temperature of the gun powder. For reaction to occur molecules dust ;
collide, but the likelihood of reaction increases as the temperature rises.
At higher tenperatures these molecules collide more vigorously. They are
pore apt to react rather than merely »ebound.

Molecules also have shapes and their different sides may be different.
Each side will have its own tendency to react and this tendency may well vary
from side to side., The reaciion gasecus H,0 with gaseous CQ to produce a1,
and COZ’ for example, req.ires not only thit 820 collides with CO with encugh
energy to react, but that the collision be of & configuration like ;20 ==-Ced,
nov H::0 ~==0zC., Only in the firut ccllicion is there a reasonable possibilit::
2f 0=C=0 forming. The molecule which forms during a collisign leading to re-
i...Lon is called &an intermediate molecule »r an activated molecule. It is likw:
ather molecules in. that it has a mgij probable shape. It differs in that its
4alf 1life is usually only about 10 ~“ seconds before it files apart.

o o At s A oot h 8 5 o 8 b it & mtm o na S e i

¥e shall find that these threc ideas are sufficient to interpret the
suservations about rates or chemical reactions:

1) a collision must occur, S ' )

2) the energy of the collision nust be great enough fo &llow reaction,

3) the orientaticn of the collision must be appropriate to allow
reaction. See Figure 2, ’

Eveacticn ocours

© (- -0

No reaction
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The rate is determined by the interplay of these three factors. We

now need to determine what experimental factors determine the number o:

collisions, the energy of the collision, and the orientation during
collision.

We have developed these factors in terms of chemical reactions,
but they apply to other changes as well. The chance of damaging an
automobile fender is determined by the likelihood of collision, the
energy of the collision, and the orientation of the automobile. The
same ideas apply to other changes. As we develop ideas on rates by
studying rather simple chemical reactions, you should continually try

to extend these ideas to interpreting the many changes you see around
you.

Collisjon Probability.

If you are in a grove of trees and throw a ball at random, the
1ikelihood of it hitting a tree is proportional to the number of trees
within range of the ball, that is, to the concentration of the trees.

3

If there are three times as many trees, there is three times the chance

of a collision. Or if you throw three balls at random, the collision
probability again increases by three. If both the concentration of
trees and the concentration of balls increases three times, then the
collision probability increases by a factor of 3 x 3 or 9 times.

Similarly in chemical systems the collision probability is
related to the concentrations of the colliding molecules. For a
simple bimolecular collision (A+B = AB) in a large collection of
two kinds of moleeules,. A and B, the relationship is:

rate of collisioncc {A}{B}
or rate of collision = ke{A}{B}
where k2 is called the rate constant for the bimolecular coliision.

The chance of three molecules of kinds A,B, and C colliding in
a mixture is

rate of collision = k3{A}{B}{C}
and similarly for more complicated collisions.

But consider for a moment the relative probadbility of two and
of three molecules colliding, for example in a gas at customary
pressures and temperatures. Average molecular velocities are about
107 cm/sec and average molecular sizes about 10-T cm in radius. If
we assume a collision occurs whenever two molecules are within 10~Tem

of each other, the collision lasts about 10-7(cm)/105 (em/sec) or
10 12 gec. This is consistent with a great deal of other direct ex-
perimental evidence. For a third molecule to participate in the
collision it has to arrive at the spot during this 10-12 gecond
interval. This is a small time and it turns out that the likelihoced
of a collirion between three molecules in a gas is about 1/1000 that
of a collision between two molecules. A similar statement can be
made about collision probabilities in liquids and solids.

9
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Thus, without performing any actual rate experiments at all, we arrive
at the conclusion that collisions between two molecules are far more likely
than those involving larger numberg, From this we may infer that the great
mejority of actual chemical resctions involve only tiwo molecules collidjng
at a time (not counting solvent melecules)s. All experimental evidence
supports this idea. For exawple, how many cars collidﬂ at once in a

"multiple collisiodf®
Net Equations and Mechanistic Steps

When we look at a net equation such as

++4+

5Fo++(aq) + MnOE(aq) + 8H%(aq) = Mnf+(aq) + 4320(15 + 5Fe  (aq)

6.
o o ° J D
@ D —s Q o |
=0 o .~ 0
0 . © . 0 O‘Q

Fige 3+ Net equations generally_do not - represent nochaniitic steps.

it is only reasonabl. to assume that this equation dooo-not.represeq2+a
single reaction. The likelihood of a single collision involving 5Fe ' (aq)

+ Mn0,(aq), and 8H (aq) is negligibly small. Furthermore, the chance that
guch & collision, even if it were possible in terms of collision probability,
would occur in the correct orientationtb produce the observed products is too
small aven %o consider. See Figure 3. Trace the changes in any one atom.

Again, without doing any experiments on rates of reaction, we arrive
at the conclusion that net equations usually do not represent actual
mechanistse. They oaly give the net change in species, not the ateps by
which the changes occur. We anticipate that each actual step will proba-
bly involve a collision between two molecules only, with a simple orienta-
tion, and with as low an cnergy requirement as péssible. For fast react-
ions all ateps must be fast and meet these three oriterion. Slow reactions
are those in which at least one step has difficulty meeting the collisional,
. energetic, and orientation requirement. No matter how fast the rest of the
steps may be this slow step will determine the overall rate.

Raving developed a general framework for interpreting rat&s in terms

of collision, energy, and orientation probabilities, let us now study some
experimental data. The test of the validity of the collision,

10




FILMED FROM BEST AVAILABLE COPY

6/

energy, and orientation ideas will be their usefulness in interpreting
experimental observations. We shall sometimes deliberately select systems
you are not familiar with sc that yqu will concentrate on the experimental
observations on an unfamiliar system. But we shall also study familiar ;
systems so you may see .the ideas are generally useful. You should keep, ‘
_ trying to apply these ideas yourselt to changoa you obsorvo.

Concentration and.Rate - *

_ Gaseous hydrogen and sulfur dioxide react 'ith a measurable half—
life according to the net equation:

2y(6) + 80,(8) = 2WP(e) + FSple)  (Bam. 1)

-Figs 4s Molecular changes required for net reaction

| A ————— — YO b gy I

Note that three loleculis sust dilabpoar'and that a single collision
is unlikely to accomplish this. See Figure 4. Trace home single atoms.

Tabls 1 gives some experimental data on the time, &, required for

a constant small amount of reaction to occur under varying relative
congentrationa of H? and 802 all at constant temperature.

" Pable 1

Relative Conec.

Expt. {32) - {B0,} t (sec)
a- 25 100 - 36 .
b 50 100 18
¢ 100 : 100 9
d 100 60 18
° 100 25 36

We see in experiments a,b and ¢ (run at constant {SO }) that )
increasing { H,)} decreases t proportionately. Doubling docroaao. '
t to half its former value. Thus

rate of reaction (at constant {SO,)} ) = k'{Hz ) (Eqn. 2)

|
11 o |
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Similarly from experisents c,d and ¢ (run at constant (ﬂz)) we observe
that '

rate of reaction (qg constant. (H,) ) = ;"(802)‘ . (Eqn. 3)

Combining these two equations to ‘!pr‘ll the effect of both (lz) and (80&)
gives . N

rate of reaction = kl(nal (302) (Eqn. %)

The overall rate is proportional to the hydrogen concentration times the
sul fur dioxidq concentration. How could this relate to molecular collisions?

Moews and Pﬁtrueci studied anothor‘roiction with moderate half-lives
in 1964 and obtained the data in Table 2 where t is the time for a constant,
small fraction of reaction to occur, that is a constant fractional 1life.

Net equation: szog“(-q) + 31 (aq) = zsof‘(-ﬁ) + I;(nq) (Egn. S) ,
Experiment (aéoﬁ') (1) t(sec)
T oa 0.077 0.077 21
'} ' 0,038 0.077 b
a 0.077 0.038 ‘ (V)

Note that four molecules (ions) disappear and a simple dBllio;on is unlikely
to give the net reaction. See Figure 5. The data are not as neatly orga-
nized as in Table 1 so let's reorganime thea first as ia Tble 3.

Fige 5. Holoeﬁinr changesrequired for met reactioa

saog(-q) + 31 (aq) = 2807‘"(!!!) + I;(-O

12
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Table 3
Exporiment (8208') {17} t
c 0.019 0.077 91
b 0.038 0.077 L
a 0.07? 0.077 2l
d 0.077 0.038 he
e 0.077?7 0.019 89

Do you sce why we reorganized the table so that the (S Og' )
increasod (or remained constant) in its column, while the{I}g
decreased (or remained constant) in its column? Examination of the
t values shows that, while there is some experimental uncertainty in
the data, (about * 1 second in t) the overall rate equation is

rate of reaction = kz(saog' HI) (Eqn. 6)

Both equation 4 and cquation 6 state that the rate of reaction at
constant temporature in the corresponding system is proportional to the

product of two concentrations. This is by far the most common kind of
sinple rate law,

Gaseous hydrogen iodide reacts with convenient half=lives according
to the net reaction

Mgy = Hag) * Iagq)
The rate is given by the equation

rate of recaction = k3{81}2 = k3{HI](HI) (Eqn. 7)

Again we get the most commonly found form of rate law; one which involves
the product of two concentrations. In this case the mechanistic step

might reasonably be the sanc as the net cquation. Do you see why? But
actually it is not. The actual nechanism involves formation of iodine atoms.

urder of A Reaction

Reactions which give rate iaws like these of equations 4,6, and
7 are said to be second order. This means they consist of the simple

product of two concentration terms. Second order reactions always have
rate equations like

rate of reaction = k {A}{B) (Eqn. 8)
If A and B are identical as in the HI case, the rate equation becomes

2
rate of reaction = k{A){A)} = k(A)} (Eqn. 9)

Hinshelwood and Green studicd the gaseous reaction for which the net
cquation is

2!!2(8) + anc(g) 2 2“20(3) + N, (Eqn. 10)

and obtained the data in Table i, Again we do not anticipate a mechanis-
tic step yielding the 24* ennatic: zince four molecules disappear.

13
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Table & 9+
: iment - - (HZJ ~{NO} .relative rate
a v Loo 152 25
b~ %00. .. 300 . 103
Q. Loo 359 150
d 300 232 45
e 300 310 92
£ 300 bco 174
g 289 400 160
h 205 L4oo 110
i 147 400 79

. Froo.experigenic a and b we-see- that keeping {H,)}-constant and

H
.- doubling the. (NO )} increascd. the. rate by a factor .of tgur. . Similarly

in d and ¢.increasing ( N0} by about 50%-doubled the ‘rate. The rate
appears to be, related to {(NO )2. sccond order in (iNO)}. Similarly, in

_.experiments f and i whexre the "0} is kept "constant, the (Hz}deernaod
to half and the rate drops to ‘half suggesting first order: in“{H
"All  the data fit those two conclusions (allowing for some oxperinental

).
uncertaintios) so the rate.oquation is

— o

 rato-of. reactici = ky(H, }{NO £ L (el

This rate-law is third.order overall, first order in '(32 .and. second
order in (NO}, .

The ordér of a reaction with respect to any ome reactant is given’
by -the exponent of that reactant's concentration in the simple rate law.
The overall order is .the sum of thesc exponents.
Some renctions have complicated-rate equations even when the

net. equation may be simple. Some may ‘even involve fractional exponents
For example: :

" Net oquation; | Hz(g) + Bra(g) = EHBr(g)}ﬁ
kg Ho}(Bra ¥
k, + (HBr)Br, <

Bate equation: .raie of rcaction = (Eqn. 12)

Discovering and interpreiing such rate laws is a’principal problenm
of-scientists studying rates. Tha concept of the order of the reaction
is not very useful here. Ve shall study only.systems which havé ‘simple
rate lawas containing products of concentration to the first or second

~ ‘power. All will be first, second, or third order reactions. They consti..

tute the largest group of rcactions. and allow us to study almost all

“factors affecting rates.,

N,

Rate Determining Steps. ..
A large mimb_or-of reactions have rate equations with one of the

following four forms, where (A} (B )are generalized sysbols for the con-
centrations. of suhstances A and.3. _ ' '

I Firat order: ' 'rate of reaction = k({A) X (Eqn. 13)
II  Second ‘order+t "a) rate ol 1eaction- = k(A )58 Y .. .{Eqn. 14)

b) rato of reaction = k{A) T (Eqn. 15)
iII Third order: “rate of roaction = k(A){B)2 (Egqn. 16)

34
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(other third order forms are posslble, of course, but only this
one is common).

It is quite remarkable that, considering the great variety found
in net equations, the rate equations are so simple and relatively few
in type. Any scientist is bound to ask why this is so. The simplest
suggestion which has been made to date (and a very useful idea it is)
is that many reactions proceed by a mechanism in which there is a single
step, or bottle-neck, which determines the overall rate. The rate
equation represents the rate o. this sliow sted. '

Equation 14 is the most common rate equation. It is wsually b
assumed to mean that there is a slow, or rate-determining, step in ‘the
mechanism involving a collision betweén ‘a moleculc of A and a molecule |.
of B, Similarly equation 15 suggests a slow step involving. A collldlng
with A. Very often the slow step is the first step in the mechanism and
is followed by a ceries of fast steps (which therefore do not limit
the rate) to give the finai products. The sum of the mechanistic steps

equals the net equation. Let's try this idea on the systems mentioned
so far.

Gasecous Hydrogen and Sulfur Dioxide: For this system we have

Net equation:  2H,(g) + SO,(g)

- 2H,0(g) + S(c) (Eqn. 1)

Rate equation: rate of reaction = ky{#,Hso,} (Eqn. &)
~ .
Presumed slow step: H,(g) + $0,(g) —+ SO,H,(g) (Eqn. 17)
g | Possible fast steps: S0 H, {s) —> H,0(g) + S0(g) (Eqn. 18)
ol
E < so(g) + Hy(g) — SOH,(g) ) (Eqn. 19)
Q0 '
2 SOH, (g) —> H,0(g) + S(g) ~  (Egqn. 20)
S;-[nS(g) ' —) § (c)] (condensation of
. * gaseous S to solid) (Eqn. 21)
Net equation:  2H (g) + SO (g) = 2H O(g) + S(c) (Eqn. L)

Note  that: 1) The sum of the nechanistzc steps must equal the rate .
: equation.

2) Each mechanistic step (equation 17-21) involves reactlon '
of only one or two molecules. '

3) Each mechanistic step involves only one bond formlng
and/or one bond breaking.

4) Each fast mechanistic step involves one highly unstable
reactive molecule, but never more than one.

5) The slow step involves two stable molecules requiring
a special type or collision where the H, hits one of the

S02 in a position such that the SO, H, forms (possibly

O—S~O-H2)

{&

——— i -
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0Q= 3 = DQ

activated complex

; 0 % "”O

fast + more
O Q ———p Crystal

Fige 6. Poasible_mechanism.for the net reaction:
' _ 1 g.
.232(3),+ soz(g) = anao(g) + 7 3g(c)

Aqueous Peroxydisulfate and Jodide Ions

For this system we have leaving the (ag) symbol out of the mechanistic

steps for simplicity .

2505 (aq) '+v-'I;(aq) ¢ (Eqn.

Net equation: Saog'(aq) + 3I7(aq) =
Rate equation: rate of reaction = k2{8208°}{1-} (Eqn.
4 . B
. o 2= SO
| Presumed slow step: S,0g  + 1~ g S,0gI (Eqn.
x ) a 3. Ou - .
| E Possible fast steps: S,051 : S0, + S0,I° . (Eqn..
| - 2- s
g < 50,1 ~fasd 50T + T (Eqn.
& ) PO § af I, ~ (Eqn.
‘ I, +1 fast I3 (Eqn.
Net equation: 5, 02~ + 31" = 250°" + IT (Eqn.
1 Le . 8 ‘* 3

Note in this aqueous reaction, of very different net equation and

- different mechanistic steps, the same generalizations (1-4) can be made
as in the gaseous H -SO system, See Figure 7., The slow step here, as
there, involves stagle molecules. But its slowness here may well be
primarily due to the fact that each of the two colliding molecules is
electrically negative. This is rniever true in any of the fast steps
suggested. In general, ions of similar ckarge would be expected.to
collide infrequently and so to react slowly.

16

5)
6)

22)
23)
2h)
25)
26)

6)
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fast
—

- activated
: - complex

Fig. 7. Possible mechanism for the net reaétion:
2- - - 2- - .
| | , 5208‘(aq) + 3I'(aq) = 250, (aq) + L (aq)

Saseous Hydrogen and Nitric Oxide

For this'system we have

Net equation: 2H,(g) + 2NO(g) = 2H,0(g) + Na(g) (Eqn. 10)

Rate equation: rafe of reaction = kk{Ha}{Nd)a : (Fqn. 11)

Thie rate equation could be interpreted as suggesting
H, tNO+NO ———> H

. Nao as a slow step in the mechanism. But you should
ddubt this at oneg. ne reason is because it involves a simultaneous
collision of three molecules (which is always unlikely). A second reason
is because the collision would have to produce the special orientation
vliich would give H2N O2 & structure from which the N, and H,O products
could, come, It woulg. for example, - » have to hive an ﬁoN.bond. Both
the criple collision and the required orientation are unlikely. '
H, + 2NO =——m H2N202 is an unlikely mechanistic step for both reasons.

‘We shall not prove it, but there are at least two possible mechanisms
*71ch fit the rate equation and the net equation requirements. They are:

I, No(g) + Hz(g) §§§§} NOHa(g)
| NOR,(g) + NO(g)  E1%  'N,(g) + H,0,(g)
H,0,(g) + By(g) £22% 2H,0(g)
II.  No(g) + No(g) f‘;—ét» N0, (g) o
o N0.(e) v Ey(g) 222 N,0(g) + H,0(g)
N,0(g)  + Hy(g) fast, N, (8) + H,0(g)

In both cases the second step is slow and is preceded by a rapid,
» wily-reversible equilibrium between two of the reacting substances.

o I Z%hey are NO and Hyy in case II they are two NO molecules.
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‘Can you examine the"two poss1b111t1ee and decide which meehanlsm is more .
reasonable? Note that they both meet generalizationg 1,2, and 4 deduced
in the preceding two cases,

" Most kineticists would tend to reject ‘I in favor ‘of II because of
the complex orientation requlred in the slow step of I compared to II..
.See Figure 8 . = 1

1 Unlikely | 51°" C?
slow step

activated
. ) : complex oo ) f

IT Likely \ slow :
slow step %

Fig. 8. Unllkely (restrlctlve conflguratlon) and 11ke1y (less restrictive

configuration) slow steps. Note that the likely step can occur
at either "end" of the 0-N~N-O molecule.

.This complexity in I violates generalization (3) which suggests that usually
no more than one bond breaks and/or one bondHforms in a mechanistic step.
In I a N=N bond must form (possibly O=-N=N-0Z. ), but then so must an 0-0 bond
form to give H O, and how can two bonds form readily? There is no way to
join NOH2 and N6 such that only one bond forms and one breaks in giving Na
and Haoa. So mechanism I, is rejected,
proves .

Such rejection neither disproves I nor,II. In fdct, regardless of
the amount of data on hand there is no way to prove any mechanism. There.is
always the possibility that some undiscovered path exists. In spite of this,
knowledge of rates and mechanisms is increasing rapidly and there are now

thousands of mechanlsms concerning whose detalls the arguments seem over-
whelminge.

In general, third order equations having rate equatl;ns of the type .

rate of reaction = k{A}B ) L (Eqn.: 12)

have a mechanlsm involv1ng an initial rapid, readily-reversible equilibrium
between two of the reactants, followed by a slow step, as in I and II above.

First Order Reactions.

Radloactive reactions are first order ‘ .
~ rate of react;on = k{A) . , (an. 13)

itach nucleus iB essentially" 1ndependent of all the rest with its own un-
changing energy content distributed among the partlcles present there. .
Random fluctuations of the energy over the particles in some nuclei may
suddenly pgive a particle ‘enpugh energy to escape and radioactivity is

18
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observed. Only at very high temperatures (usually greater than one

million degrees) is the external energy high enough to change a nuclear
half=life,

One of the most useful experimental properties of first order
reactionsis the constancy of the half-life regardless of concentration
of the reacting species. Consider the data in Table 5. System (a) is
for gaseous nitrogen pentoxide. System (b) is common hydrogen peroxide

and represents the reactiosn going on in every bottle of hydrogen peroxide
in the lab, drugstore,or your home.

Table 5.
a) 28,0 (g) = thég) +.0,(g)
'(Naos) 5.00 2,48 1.25 0.65 0.32 (a1l x 10™°)
t (min) O b 8 12 16

b) 2H,0 (aq) = ZHZO(aq) + 02(3)
(H,0,} 0.0461 0.0371 0.0298 0.0196 0.0123 0,0050

t (min) o 5 10 20 30 50

¢) I(aq) + 0C17(aq) = OI (aq) + C1l (aq)
(I} . 0.00200 . 0.00147 * 000101 . 0.00067
t (sec) O 2 L 8

_ The initial half-life in system (a) is about 4 min (concentration
drops from 5.00 to 2.50 x 10-3)and each succeeding half-life is also
b min so this is a first order reaction

(a) rate of reaction = k'tN Og '

In system (b) the first half-life (to go from a concentration of 0.0461
to 0.023 M is about 15 minutes), the second half-life (to 0.012 M) is
also 15 min, as is the third. So system (b) is also first order.

(b) rate of reaction = kG{HZQZ}

The first half-life in system (c) (from concentration of 0.00200
to 0.00100 is 4 sec, the second is greater than 4 sec. Clearly this is
not a first order reaction. The half life increases with decrease in
concentration. Closer examination, which you need not be able to undertake,
shows this reaction is second order

(c) rate of reaction = k{I } {0C1")
Why are some mechanisms first order and some second order?

19
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First order reactions usually involve molecules at least as com=
plicated as H O which can absorb collisional energy and store it in the
many ways sucﬁ complicated molecules can vibrate. Thus, as with radioac-
tive nuclei, from time to time the energy will concentrate in one bond
which will break, initiating the whole mechanism. The rate determining
step is that of concentrating sufficient energy from the rest of the
molecule in one bond whlch then breaks.

The two first order systems above appear to react through the
following mechanism.

a) NO(g) - _slow, NO,(g) + NO5(g)
NOy(g) + NOy(g) -55539 2N0,(g) + 0,g) -
where the second equatlon may actually represent several fast steps.
b) 2(aq) | -Elg!% ZOH(aq)
OH(eq) + H,0 (aq) fast, _H,0 (aq) + HO (aq)

Hoa(aq) + OH(aq) ‘523529 O (aq) + H 0 (1) .

The final reaction in each of the above mechanisms violates the
principle that two reactive species seldom become concentrated enough
to have a high collision probability. But in both cases the molecules

Tem  ae

.are free radicals and react with one another even at low concentrations.

" 'zdfo"Ordér Reactants

" A discovery which suprises many students when they learn about
rates of reaction is that in many systems there are reactants whose
concentrations have no effect on the rate. For example aqueous iodine
reacts with acetone as follows: s

Py e, '_ - +
Net reaction:  ;2 + 03300033 = CHBCOCHZI + I + H

Rate aquation: rate of reaction = k7{cn3coc33}'{u*}

Changing the iodine concentration has no effect on the rate of reaction.
The order with respect to { I,} is zero. The same thing is true for the
reaction of bromine with acetone. - Zero order reactants are common in
chenzstry. As one morc example._u

At low congentratlons of hydrogen ion, the following reaction is
zero order in {H

Net equation: .H’o (aq)‘+ 2I7(aq) + 2H'(aq) = 2H,0(1) + I,(aq)
Rate equation. rate of reaction = k8{li OZ}{I }

Clearly if one ik to. control a system, he needs to know which
reactants have an effect on the rate. These gero ordep reactants must be
present, of course, but they do not participate in the rate determining
step. Consider the problems posed if every food you ate increased your
rate of reaction.

«~0
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Concentratién“Effécté’tf_ f*lif ‘ j‘]ﬁwf:.;;-,

: “We' nay summarlze our dlscusslon of concentratzon effects as
follows. - -

N Tt

1y There is ho way of deduclng from the net equatlon what rate
effects will result if concentrations are changed. LG

. 2¢ It"is common to:find reactants of zero order. Changes in
their concentratlons have no effect on the rate of reactions.’

3+« The rate equation which. summarizes how concentration changes
do affect rates can only be found by experimentation on the systemo

4, Many rate equatlons are simple second order. 1In such cases
there is usually a rate determining step in which two reactant molecules
collide to form an activated complex and initiate the reaction mechanism.
The colliding molecules are thosc whose concentrations appear in the rate
equation. The formula of the activated complex is the sum of their
formulas and its shape is near the sum of their shapes.

5. The interpretation of rate equations never produces an unam-
biguous answer to the question of the reaction mechanism. But see the
discussion on pages 13 and 15 for common interpretations of third and
flrst order rate equatlons reSpectlvely. ,
- 1
"6, The mechanisms deduced usually follow 51mple, reasonable ... !
generallzatlons as pointed out on page 10. 3
N We have dlscussed only a small fractaon of . the techniques available :
for studying concentration dependence of rates. Isotopes, equipment for )
very rapid measurements, and many other special techniques are used. {
The main generalizations are still those made in 1-6 above. They are
not changed by the information from these more advanced studies.

Any net reaction consists of a more or less extended set of
mechanistic steps (usually involving one or two molecules per step)
which constitute the actual reactions. The overall rate is often deter-
mined by that of the slowest step, which often involves a collision of
two of the reactant molecules whose concentrations _appear in a second
order rate equation. °

T Concentratlon is usually expressed in molarlty (moles per 11tre)
but (especlally for gas phase reactions) the pressure of a component may
also be used. Changing either the molarity or pressure of a substance
whose concentration appears in the rate equation affects the rate cor-
respondingly.. Changing concentratlons or pressures of zero ordeér reactants
has no such effect.,

.In heterogueous reactions one. must remember that stirring and “the
amount of reacting surface area can also affect rates. These are directly
related to concentration effects and need no special treatment. In-
creasing surface area and/or stirring rate normally increases. the speeds
of heterogueous reactions. Can you suggest any biological advantagee to
u rise 1n heart rate whpn you are frightened? Any d1sadvanta§es?

’\
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ﬁeaction Rate as a Functior of Ti-o
In most reactions. the reactants are ¢onsumed -and their concentrau-

tion decreases with time. See Figure 9. Thus the rates of reaction also
decrease as the rate-determining concontrationa ‘decrease. Even first order

1.0
. Note that initially {3’

" is twice (A} , that their
rate of change is the same
at all times, but that { A}
approaches zero whereas { B}
~ approaches half. its initial
_value, -

Concentratio.

0.5

tine

Fig. 9. Change of eoncentrutions with tine for a reaction
of net oquation

= 2AB , - For- example Hz(g) + 012(3) = EHCI(g)

!

Aa + Ba

reactions, which have constant half-lives, decrease in rate with time.

Only half as much material disappears in the second half-life as in the
first half-life; :See Figure l. The rate of a first order reaction .
decreases in proportion tc the elapsed time. The rates of second order.
reactions, aince they depend on two concentrations, .decrease even more. -:..
rapidly .since both concentrations are diminishing. Only aero ordor recs=.
tions have rates indepondout of nlount reacted. . . i

: It is poaaiblo to derive nuthomaticul expraaaiona for tho ehange

in all such rates as time increases. 8imple methematical. .treatment gives
rather simple equationa in mssny cases, .But here we: ‘need only note that
this change of rate with time.should be kept in mind, not calculated.

For our purroses it is sufficient to compare initial rates of reaction
during the early stages of the reaction. At the beginning, the concen-
trations change only sloxly with time so the rates remain constant long:
enough to make measurements from which useful data on order can be obtaxned
with no complications. due to changing rates. . - ‘o

Catalxaia ' ) _ e - ST oS
: There is one class of reactants for which the problea of concentra=-
tion changing with time does not arise even though they react and thezr R
concentrations appear. in the rate equation. Such substances ae called
catalysts, These concentrations do .not change with tino bocause the
mechanism regenerates the catulyst. :

Your stomach uses hydrogen iona to catalyze the conversion nf **“’*
nugar to aimp le sugars. In fact, a very large fraction of the chemical
“renctions in your body are catalyzed by large protein molecules‘eall

- szymes -~ each enzyme being quite specific as to which physiological 1 .-

RS
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it controls. The conversion of fuel oil to automobile fuel is catalyzed
at the oil refineries. Indeed most of.the materials which yon buy or
use in your daily life (whether synthetic or natural) exist because some
catalyst allowed them to be synthesized at an appreciable rate.

To treat only one example in detail, consider the hydrolysis of
table sugar in your stomach. Table sugar consists of two ring-shaped
sections connected by an oxygen bridgc. c H O -0-06H O.. The problem
in the stomach is to separate the rings by breaglng one of the bonds to

the bridge oxygen. In pure water this is a slow process, which-accelerates.
rapidly as acid is added. In fact we find:

Net Equation: 0631105-0-0631105(aq) + H O(aq) = C6H1206(aq);+ Celyy 6(aq)

Rate equation: rate of reaction = k{claﬂaaoal){“ }
g
Presumed slow'step:'C6H1105-0-C631105(aq) + H+(aq)-555£5 C6HIIQ5-6-GEHIr0513q)
H+ . activated complex

Possible mgchanism: .C681105-6~C6H110 (aq) iﬁfﬂicsﬁll 5 (aq) + Cgi, 0 (aq)

fast +
C6H1105 + 5,0 == C6H1206(aq) + H (aq)

The catalyzing positive hydrogen ion collides with the bridge
oxygen (which is slightly negative) weakening the oxygen.bonds.so one
breaks, giving a simpler sugar molecule and a positive sugar ion. The
positive sugar ion then reacts with a nearby water molecule leaving a
second .simple .sugar molecule and regenerating the hydrogen ion. It is
this reaction followed by some regeneration process which characterizes
catalysts. The total reaction proceeds faster, of course, since a new
or additional mechanism has been provided which adds to the rate of the
still continuing original reaction, raising the net rate. Often the
catalyzed rate is much faster than the original so the net rate increases
markedly. This is a characteristic -of a good catalyst.

We now have two main questions to answer before finishing our dis=-
cussion of rates: 1) why are some catalysts so good? , and 2) why does
increasing the temperature of any reacting system normally increase.the
net rate? It turns out that the answers to these questions are related.

Temperature and Rate of Reaction}

Raising the temperature of a system always increases molecular
velocities. On first thought it might appear that rates increase at
higher temperatures because of an increased number of collisions. But -
molecular velocities % are related to the square roog of the Ke1v1n
temperature [v = ¢ (T)*] so that a rise from T = 300°K to T = 310°K
would increase the collision rate about 1%. Yet the rate often more 2
than doubles. The average kinetic energy of the molecules (KE = % mv-os T)
increases at the same rate as does T, but again the 10°K increase above
only increases the average kinetic energy 3%, no where near the increases
observed in reaction rates. What, then,does increase the rate?

et
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The ancwer lies, not in the average kinetic energy or velocity, bdut
in the percentage of high energy molecules. We have already surmised
that molecules need encugh energy to loosen or to break an existing bond
if reaction is to proceed, and that only the more energetic molecules will
have this required activation energy.. Just as a match must be "struck"
before it will burn, or water must be pumped to the top of a aiphon before
flow begins, or mountains must be crossed to get from one valley to another,
30 energy must often be supplied to get molecules to Yeact from one set of
structures to another set. We may pi.ture the situation as in Figure 10
whgre we plot energy against reaction coordinate for a simple single-step
reaction, AB4+C = A+BC. The reaction coordinate is a generalized variable
which representsthe various intermediate molecular atructures.

ABC
. AE = energy evolved in
cverall reaction
AE, 4" 8ctivation energy
" +'to start forwvard
- reaction
AE_ .+ AE = gctivation
% AB + C st = energy to
_S start reverse
5 reactants reaction
forwvard
. A + BC
*ﬁ’ - e gl SeAe oy gRD .
reverse  products
. Reaction coordinate _
Fig. 10, Energy relations in a simpie, single-step reaction.
The reaction coordinate aschematically represents the changing
orientations of the reacting atoms. . ‘
The larger AE becomes, the slower is the reaction and vice versa.
In Figure 10 the forward reaction would be faster than the reverse as

fat as AE is concerned. What effect does increasing T have on rate if
AE is poé¥¥&vo? ) B o . 4

AVAILABILITY OF ACTIVATION ENERGY )
The.relative availability of AE as a function of T is apparent

if one plots molecular kinetic energy‘cseraua probability as in the well-
known Maxwell-Boltzmann curve of Figure 1l.

A small increase in T shifts the Maxwell-Boltsmann curves only
3lightly but can make a large percentage difference in the number of
molocules having kinetic energy equal to AR, . (or more )o The higher
* the value of ABact'the greater the effect oF increasing T.




FILMED FROM BEST AVAILABLE COPY

L

Prodability

Kihetie energy per'noleeulc

Fig. 11. Prodbadility of a molecule h“'ins e given u‘_a_imu energy
such as A!“t at tvo Aifferent temperstures, ‘!’1<.'l'2;

H

A mathematical analysis of Figure 1l shows .that the number of loléculoq oy

with energyA E o OF higher is related to g2 E. where o is the |
natural bame of logarithms (2.718), AE is the activntidﬁf&iorcy in cal/mol.
R is the gas constant (1.99 cal/nolo°x‘5ﬁd T is the Kelvin temperature. ;
This means that the rate of reaction, if all concentrations are kept constant:
should be related to this amumber as in ' :

rate of reaction = clof“glct/nr~ (Eqn. '14) ]

or log(rate of reaction) = - AE__. /RT + constant. Thus fros data on rates
of reaction (keeping coneentrntigﬁs constant) at different temperatures we
can plot log(rate) as a function of 1/T to give a straight line, allowing
the calculation of AL in a simple, straightforward wiy.. Since quite good
agreement is obtuinedacsetnoen experiment and this siaple theory (that mole-
cules having more energy than AE can react and no others), we accept the
theory as a satisfactory interprﬁi&tﬁon of the ex eriro tal o lervgsigps.
(If base 10 logarithms are plotted, R = 2.30!1.9§P- 58 cal/mole "K,) -

i But you will remember we suggested that.there was a-reélationship
between the temperature effect and that of a catalyat. It is that most good
catalysts are gdbod hecause they provide a path with a 4F t auch lower than
the non-catalysed path. See Figure 12. Thus the eatalysg accomplishes at
low tekperatures what the non-catalyzed reaction could accomplish onmly at
high temperatures. Since high temperaturesoften cause undesiradble additional
reactions, good catalysts are much sought after. Such search accounts for

a large fraction of chemical research. '

ORIENTATION EFFECTS . . . A

We have already used the idea that mechanisms and rates of reaction
are affected by molecular shapes and orientation effects. In some cases
ihese eoffects may be among the most important in limiting the rate and
detormining the tastest mechanism. Remamber the discussion of the gascous
vanstron betwegn NO and H,, of the aslow reaction hetween negative S OF" ions
and nerative 1 ionsg, and Cof the positively charged hydrogen ion.ana RAAREY
regative bpridge oxygen in the hydrolysis of table sugar. Every activstean t
carye ey does have o Ypreferred” configuration for rapid reaction and anly
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reaction

Re#ction coordinate

335.1;2. ‘Most catalysts not only generate a new reaction mechanism *

.~ . . but aleo one of lower activation energy compared to.the
uncatalyzed reaction. The initial and final states are
the same Ior both reactzons, but the activated complex

. is different. A

attainnent of this shape (which must be very close to tho sum of ‘the
roactanta) leads to rapid. reaction. :

Euzynoo, the catalysts for many hiological reactions, are good
examples of molecules whose shape is critical to their function. We
know that the enzymes are very large molecules (contain hundreds and
thousands of atoms), that usually only a single small site on their

. surface is catalytically active and that small changes in their shapes

can greatly decrease or even destroy their catalyzing powers. Unfor-
tunately, as yet, the exact shapes of only a few eazymes are known and
in no case.is detailed knowledge of actual orientations achieved during
enzyme reactions known. This statement will almost certainly not re-
main true more than a few more years, since dotailc of enzyme structures
are rapidly being discovered.

LIFE PROCESSES AND RAThS OF REACTION. One 6f the greatest diacovoziga
in studying biological systems has been that their enormous variety

and complex inter-relationships may be interpreted in terms of chemical
reactions involving the same type of simple mechanistic steps and. fol~-
lowing the same generalizations as we have been discussing. For example,
digestive processes produce energy through a series of simple bimolecu- °
lar reactions in many of which one bond breaks and one bond.forms,cata-
lyzed by enzymes and/or hydrogen  ions. Oxygen consumption in humans..

‘1nvolvos migration across a lung membrane, combination with honoslobin,

random migration in and out of cells until a cell-is entered in which.
oxygen is being consumed. Typically there then occur the complex series
of simple reactions mentioned above as digestive protesses to give CO

and HEO as common products. These then follow a complex series of simple

<6
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echemical steps through the body until they are eliminated. Of great
importance o biochemists is the fact that, while the total system is
complex, the individual steps are simple and can be studied and under=
stood in terms of welleestablished chemical principles.

A few minutes thought should indicate that this must be so if a
biochemical system is to function reproducigly over a long period of
time. For example you consist of about 10”7 cells each of which contains
a replica of the genes you received from your parents. Thus you have
performed this synthesis of a set of very complicated molecules (molecular
weights of hundreds of thousands) about a million million times. If
the mechanistic steps were complicated it is extremely unlikely that :
this degree of reproducibility could be obtained. All that we know about
gene replication confirms that the individual steps are simple. Were
they otherwise, in fact, it would be most difficult to have made the
great progress which has been made in discovering, following, and, indeed,

beginning to control the synthesis of genes and other biochemical sub-
stances.

It should nsot surprise you to know that many large scale actions
of biological systems are limited by the rates of rather simple chemical
reactions. The rate at wiich cold=blooded snails can turn a corner is
a simple function of their temperature. The ultimate speed a runner can
achieve, or the reaction time of a race car driver, is limited by the
rate of chemically transmitted nerve impulses into muscle action. The
speed of a distance runner, on the other hand, is limited by slower
reactions, like oxygen absorption. The times at which marked growth
phenomena such as crawling, walking, talking, maturing, and aging occur
are all affected by the rates of limiting chemical reactions. The
ability to learn, we now believe, may be limited in an irretrizvable
fashion by the nature of the protein eaten by a child before the age of
five or six years. Clearly all these discoveries can be intimately
related to the nature of human life. '

Rates in large Systems

Just as a biological individual contains many simple chemical
reactions interacting in a complex total pattern, so a society is a =
complex interaction of individuals. It is interesting, and'some say
profitable, to speculate on how many scientific ideas invented to describe
and interpret microscopic molecular behavior are also applicable to
societies. - The correspondence of bottle necks in human relations and
rate determining steps in molecular systems is at least intriguing. 1In
both cases, it is quite foolish to try to alter the rate of change in
the system unless some variable affecting the rate determining step
(or bottle neck) can be found. In both cases there are many ''zero order
reactants." You may find it amusing and even instructive to consider.
how the changes you see about you are related to the ideas of collision
probability, orientation, and activation energy, coupled with the.idea
that actual changes occur by a series of simple steps which go together
to yield the complex net changes we usually observe. '

5
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Rate and Eguilibrium

We have explicitly stated and implicitly used the idea that
reactions do not '"'go to completion." Yet it is demonstrably true that
many systems in a short time achieve a state of no net change. Such
systems are said to be at equilibrium. It is simple to account for
equilibrium states in terms of the ideas we have developed to deal with
rates if we remember that while the concentrations of initial reactants
are decreasing (as shown in Fig. 9) the concentrations of products are
simultaneously increasing (as shown in the same Fig. 9). These products
can, of course, react to reform the original reactants. The potential
hills and activated complexes shown in Figures 10 and 12 may be approached
from either the products or the reactants side. As the concentration
of products does rise their rates of reaction also rises. At some set
of concentrations the rising rate of back reaction will become equal to
the falling rate of forward reaction. When the two rates become equal
the system will be at equilibrium. No net change will be occuring.

Yet all reactions will continue and their rates will be affected by the
factors we have alread discussed. Adding ingredients will increase

the rates of reactions using these ingredients and the concentrations
will all shift to new equilibrium values. Changing the temperature will
increase rates with high activation energies more than those with lower
activation energies. Again the equilibrium concentrations will shift.

This concept of microreversibility applies to all known chemical
systems and leads us to generalize that all such systems, if isolated
from their surroundings, will come to a dynamic equilibrium in which
the rate of each "forward" reaction is exactly equal to the rate of its
own "backward" reaction and no net change results. Only in systems
which are open, that is to which new materials and/or energy is being
supplied, can continued change occur, Living systems must, of course,

be open systems. Suffocation in a small space, for example, is usually
due to CO, poisoning not oxygen deficiencys. y?

SUMMARY

Rates of change are determined by collision probabilities,
orientation requirements, and the availability of activation energies.’
Chemical reactions proceed through a series of relatively simple
mechanistic steps. Most such steps are bimolecular, involve simple
orientational requirements, and usually have no more than one bond
break and/or one bond form. The activated complex, thus, is the sum of
the colliding molecules and its shape is very close to the sum of their
shapes. . Catalysts provide a new mechanism hence increase the rate of
reaction. They usually also provide a mechanism of lower activation
energy and/or simpler orientation requirements. The catalyst is
regenerated and thus its concentration remains constant during the
reaction.

Dynamic equilibrium is attained in an isolated system when each
forward reaction is exactly balanced by a reverse reaction of equal
rate. Under this condition no net change is observable even though
all reactions are still proceeding.

<8
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ABOUT THIS BOOK .

This instruction book is the third one in the series of experinments
on basic topics of chemistry, which can be used as an additional programme

or as & part of an existing programme of chemistry teachlng at secondary
'school level.

"The necessity of an experlnental teachlng medium for chemlstry is
too obvious to need any justification. The success of any nodern chemistry
teaching programme, thcrefore, rests upon the presentation of the concepts
and ideas of the subject through experiments. A greater challenge to
chemistry teaching improvement, particularly in developing countries,
‘however, is to devisc experiments, which bring out the fundamental ideas
of the subject, using chemicals and equipment within the easy reach of
" school laboratories. The experimental kit and this instruction bock
developed at the Project are a step in a direction of meceting this challenge
and difficulty. The equipment and chemicals needed for the experiments
are such that similar kits can be easily produced in every school laboratory.
The price of the kit including both chemicals and equipment may vary from
- -country to country, but in general, the average cost would not exceed ¥25!'

The sentences in the above paragraph are taken from the preface
to the first and the second instruction book in this series (Experiments
on Chemical Equilibria, Bangkok, 1968 and Experiments on Compound Formation,
Bangkok 1969) and hold for this volume on Rate of Chemical Reactions as
well. As far as possible, the experiments were performed in semi-micro-
scale, using small amounts of chemicals and small volumes of solutions of

reagents, in order to lower the cost of the experiments when repeated
with larger groups of students.

The character of most of the experiments is sexiquantitative..
Droppers are used for measuring the volumes of the solutions, for diluting
them and drops are used as volume "units". This is mainly in order to
make the experiments feasible at schools, which are not equipped with a
sufficient number of pipettes and burettes for a large group of students.
The "drop dilution technique” is also used in the experiments for preparlng
the solutions of the reagents in the proper concentration, starting from
niore concentrated commercially available solutions (e.g. HEOZ’ H 804).

The main aim of this kit and instruction book, is to allow a student
to study rates of chemical reactions as one of the important topics in
chemistry teaching. It is not easy to start at secondary school level with
Chemical Kinetics and therefore we prefer to approach that topic by starting
with the Rate of Chemical Reactions and with a Belection of experiments, L
wvhich can show the students the differences in chemical reaction rates and
how the rate can be affected by temperature, concentration or catalysts.

.The introductory chapter to the experiments was added as general information
about the kit, and its level was adjusted to the average level of the
students. In order to take into consideration the limited facilities of
school laboratories, we selected experiments which enable the student to
follow the course and rate of the reaction by visual indication and avoided
the use of more sophisticated techniques like spectrophotometry, electro-
chemical measurements, performing the experiments at higher or lower pressure,
etce This point of view, on the other hand, did not enable us to show
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a wide variety of examples of all effects which can influence' the rate

of chemical reactions. Nevertheless, we do hope that even in this simpli=-
fied form, the set of experiments can help the teachers to teach and the
students to learn the subject or topic. _ L o t j

-
e e —— m —"

Each experxment is introduced by a short outllne at the beginning
fand followed by.a description of the procedure in detail., Important polnts‘
‘of the pr1n01p1es on which the experiment is based, including explanation i
of relevant general background, are given in the '"Discussion" of each
b experiment. - In this volume, each experiment is followed by examples of
_questions :which. could help the teacher in the class-room; answers with,
the -explanation in deta11 are summarized in the teachers' guide.

‘This Lnstructlon book and kit should serve as an example for ‘teachers
and shauld not be considered as a standard or standardised aid. Success
in teaching will always depend not on the facilities of the school labora~
tor1es, but on- the.teacher's interest in teaching. " This holds also' for

... this volume which ‘should encourage the teacher to continue in developlng

S1m11ar experlments and support his creative ab111ty. %
| ]
L The experlments were developed and tested, and the 1nstruction.book b
+  was written with the -cooperation -of-the.Projectts_coworkers and staff ‘
members as follows: 3
Midgs Manée Chandavimol ' Miss Rosana Autchakit & . @
‘Supervisory-Unit . , Chemistry Department '
. Ministry of Education ' Chulalongkorn Hn;vers;ty
"Bangkok, Thailand . o Bangkok, Thalland ' ;
Dr. P.K. Chia Mr. E. A’ Sullivan
-Unzvorslty ‘of New Sauth. Wales ... =~ -University of New_South lales
New South Wales _ _ . New South Wales
Australla : - . Australia
Dr. Hi Herm o . Prof. J. Zyka
"Associate Expert, UNESCO o Director, UNESCO Project for
Project for Chemlstry Teaching in Asia Chenistry Teaching in Asia
Bangkok, Thailand - Bangkok, Thailand

The authors are indebted to Dr. D.E. Hoare from University of Dundee,.;

Scotland, for the very careful revision of the text. Ve gratefully
acknowledge -all his help. . -

The revision was made by Drs. Hugo Herm, Amando Kapauan, and
J. Arthur Canpbell wh11e they were at the Project in 1970.
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EQUIPMENT FOR THE KIT

-+ gp-CHEMICALS

l. Ammonium molybdate, crystal and 0.1M
2. Arsenic trioxide, crystal
3. Benzene .
L. Bromothymol blue solution 0.1% in 95% ethanol
5. t=Butyl chlgride,zQ.lM in acetone
6. Calcium carbonate (marble or egg-shells)
T. Glucose, crystal _
8. Hydrochloric acid solution, 3M
9, Hydrogeg'pgrpxidq solution, 10M
10. Iodine, crystal |
. 11. Todine solution, 0.1M in 0.3M KI :
12, Manganese sulphatejkﬂzo, crystal and 0.2M
13. Mercury(II) chloride, crystal - -
14. Methylene blue, 1% solution in 95% ethanol-
15. Oxalic acid, crystal and 0.05M
16. Potassium iodate, .crystal and 0.07M..
'17. Potassium iodide, crystal and 0.6M _
18. Potassium permanganaté, crystal’and®0.0IM
19. Sodium.hydrogen sulphite, NaHSO,, erystal
20, Sodium hydroxide, crystal and 0. 1M
A21. Sodium thiosulphate SH2 s crystal and 0 SN

22. Starch : .
.23. Sulphuric acid solution, iM. .

‘éh. Tin

33
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10.
11.
12.
13.
14,
15.
16.
17.
18.
19.

- vii =

B. APPARATUS

Beakers, 2 x 50 ml, 100 ml, 150 ml
Conical flask, 100 ml

Droppers

Graph paper

Match box

Measuring cylinders, 2 x 10 ml, 100 ml

Reagent plaétic bottles for solid chemicgls‘(E x“3~9m)__

Reagent bottles for solutions, 25 ml capacity
Spatula

Fnirit lamp with stand

Stirfing rod

Test tubes, 8 x 1 cm

Test tube brush

Test tube holder

Test tube rack (styrofoam piece with holes)
Thermometer (<20 to 100°C) |

Wash bottle |

Wlire gauze, 7 cm x 7 cn’

Universal pH paper

Note: A watch or clock with a second hand is also nceded.

34
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RATE_OF CHEMICAL REACTION

Introduction

*+ Mahy ¢hemical reacticns proceed from reactants to products rapidly, but
others require an appreciable time ‘to reach their final state. The neutraliza-
tion reaction between a dilute solution of hydrochlorlc acid znd a dilute
solution - -of sodium hydroxlde takes place as repidly as the solution containing
‘"the base 'is added to the solution containing the acid. ‘On the other hand, the
rustlng -of iron may ‘take months or even years to come to equilibrium.- The react-
jons controlling aging i human beixzge take about 70 or 80 years, those ln
insects often less than one week to run their course.

Some chemical reactions do not take place appreciably at rocm temperature

" but do take place when the temperature is raised. For example, gaseous hydrogen

~and oxygen-can be mixed together at room temperature without not1ceable reactlon
taklng place, but the mixture explodes if its temperature is ralsed

‘To.con31der how fast or slow a reaction is, we speak in terms of the rate
at which'change takes place. The rate of a reaction may be measured by the
amount of a reactant converted to prnoduct in a unit of time. The amount of
‘reartant is usually expressed in moles per litre; the unit of time may be a
second, a minute, an hour, or a day depending on whether the reactlon 1s fast or
slow, Moles per litre per second is the most common unit.

What factors influence the rate of chemical reaction? . Experiments show
that four important factors are: 1) nature of reactants, 2) concentration of .
reactants, 3) temperature, and 4) catalyst. State of subdivision, pressure, and

stirring are often.listed, but they are merely different ways of. controlllng
concentration,

1) Nature of reactants

The 1nfluente o’ the nature of reactants on the rate of reaction is appa-
rent. Iron and silver standing in moist air show their reactions differently,
though the same conditions prevail for both. Iron will become rusty rather ra-
pldly, whereas silvexr changes xelatlvelJ slowly. The reduction of permanganate
ion in acid solutlon by 1ron(II) ion is fast. The violet ‘colour of permanganate
disappears’ 1nstantanconslv when added to a solution of iron(II) sulphate. If in
the same experimert 1ron(II) sulphate is replaced by oxalic acid, the colowr of
t'permanganateww1ll facde slowly after mixing. That is, the rate of reaction de-
pends on. the; naturo of the reacuants. : ‘ RREEAL
. :
Chemlcal reactloﬂo xhlch ccour in the same phase, e1ther gaseous or in
solution, are called homogeneous reactions. 1f the reaction involves different
phases it is called a heterogensous resction. The reaction of "solid calcium
carbonate and aoueous hydrochloric acid solution to give gaseous carbon dioxide
as one product. is. a heterogepeous reaction. The reaction of aqueous NaUH and HC1l
to give aqueous NaCl and H20 is a homobeneous reactlon.

It is found that the. rates of heterogeneous reactlons are often difficult
to control since the reactions take place at the surface of the reacting phases

and the surface conditions may vary with time. Homogeneous reactions are general-
ly easier to study. :
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2) Concentration of reactants

Most chemical processes are complicated,and full analyses of their rates
are difficult. As the reaction. proceeds, the reactants are used up and new
products are formed. The-energy change may heat or cool the system. Only care-
ful attention to temperatures and concentrations and their possible variation
with time will lead to interpretable results.

Let us 1look at the reaction of gaseous H, and I, to produce HI. Into a
container of fixed volume at constant temperatire, we“introduce a definite num-
ber of molesof H, and Ié- Then, after a short time, we analyse a sample of the
mixture to deter%ine th€ extent to which the gases have combined, perhaps by

noting the intensity of the color which is proportional to the iodine concentra-
tion. ' '

Now we repeat .the experiment, this time introducing twice as many moles of

‘ HE but .using the same number-of moles of Ii; Again we analyse a sample of the

ure after the same time interval. has elapsed, We. find that the extent of
the reaction of H, and 12 is twice as great as in the first experiment. Thus at
constant temperatiire, by“doubling the concentration -of H, and keeping the con-
centration.of 12 constant, the rate of the reaction of H2 and‘12 is doubled.

"Further experiments show-that if the concentration of H, is kept constant
and the concentration of Ig tripled, the rate of reaction of and I, is

tripled. Furthermore, if the concentration of both H2 and..I2 %s tripied, the
reaction rate is increased.nine-fold. (3 x 3 = 9). '

. The above observations illustrate that the rate-of reaction.of H, and I
is proportional to the concentration of H2 multiplied by the concentragion-ple2

:ﬁznlﬂé}Vrepresent~the_concen§ration.of H,,-.and [lz,lthe~concentration of I,,

- Rate of combination of H, with I, fH,].x[1,]
| or Rate of combination.of .HZ' with I,. .= k [HZ'] x [ 121 where

k is a-proportionality constant called the.rate constant.

. An equation relating reaction rate and concentration is called a rate law.
The rate law for a reaction must be established by experimemtal measurement. It
depends on the particular mgchanism,or series of steps, involved in the overall

change and,as we shall see.over and over, cannot be predicted from the equation
for the'net.reaction.

If the rate of a chemical reaction is proportional to the concentration of
a reacting substance, then the rate of the process must fall off as the reaction
proceeds, for the reactant is being continuously used up. However, some rates
are constant regardless .of the concentrations of the reactants. They are also
independent of time. Such reactions are said to be zero order. The decomposi-
tion of ammonia gas on a tungsten surface is zero order.

ZERO ORDER RATE EQUATION: rate of reaction:= k [NH3}° =k - (0)

-

“x

.
-
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""" When the rate of reacﬁion~is'diréétly propoftional tb. the concentration of
" some reactant, the rate is said to be first order in that reactant. Thus. the H2
and I, reaction is first order with respect to Lﬂzland to [Ié), or second order
overall. ' : C .

In a simple first-order reaction the rate is directly proportional to the
concentration of a single reacting substance and is expressed mathematically as

FIRST ORDER RATE EQUATION: rate of reaction = -k[A] ()

"where J Al is the molar, concentration of the reacting substance A, and k is the
rate conStant. This equation states that the rate of disappearance of the react-
" ant at any instant is proportional to its concentration at that instant. '

Examples of first-order reactions are the decomposition in carbon ‘tetra-
chloride of dinitrogen pentoxide in*o nitrogen dioxide and cxygen, and the
decomposition of ozone in carbon tetrachloride. The decay of a radioactive
isotope also conforms to a first order rate law. '

- When the rate of a reaction depends on the product of two concentration
terms the process is said to be second-order. This can be expressed mathemati-
cally as: : S

SECOND ORDER RATE EQUATION: rate of reaction = - k [ | [B] (2 2)

_ If A and B are identical or if the initial concentration of A and B are
identical and they react in a one to one ratio ., then [A]= [B{ at all times and:

SECOND ORDER RATE EQUATION: rate of reaction = - k [A[? . (2v)

. The combination of hydroger and iodine as well as the reverse reaction
:(thg_decomposition of hydrogen iodide) are examples of second-order reactions.
A second-order reaction occuring in solution is that between ethyl acetate and
hydroxide ion: ' ' ‘

+ I - |
CHBCOOCZH5 OH CHBCOO + 02H50H

other second-crder reactions taking place in solution are the interactions of -

alkyl halides with tertiary amines or pyridine, e.g. ethyl iodide and dimethy-
laniline

CHI + céus.x\r(c.mB)2 = CgHN(CHy),(CHg)" + I7

The reaction is caid to be zero-order in any reactant whose concentration
does not affect the rate. A large number of reactions involving more than:two
reactants turn out to be zero order with respect to several reactants and often
first or second order with respect to the rest. '

o8
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An increase in the pressure of any gas at constant T increases its concen-

- tration.. ‘Thus, reaction rates in gasés are often changed by changes in pressure

: of the reactants. "CGrinding of -solids prov1des more surface,so also’ speeds react-
“ions 1nvolvihg -s0lids.’ Slmllarly,stlrrlng heterogeneous systems may 1ncrease
rates by bringing the reactants into more frequemt contact.

'3) < Temperature -. - - = - RRRTEL L
Increase of temperature increases the rate of most chemical reactions to
a marked extent., The rate constant is in' some cases doubled or trebled for each
107°C rise of temperature The marked influence of temperature is somewhat, sur-
prlslng on first consideration, since the number of colglsions between. molecules
- will increase:only.by abcut 2 per.cent for a rise of 10~ at ordihary temperature.
The most important effect of a temperature rise on the rate of reaction, is an
inereased fraction of high energy molecules, rather than just an increased num-
‘ber. of collisions. The fraction of molecules having enough energy to react .

(having the activation energy) increases much more rapidly than the average mole-
cular velocity.

Some net reactions appear to proceed more slowly as T increases. This is
always due-either to thermal destruction of an intermediate molecule or toa
. competing reaction, for example the reverse reaction, increasing in rate faster

than does the forward reaction. All actual mechanistic steps increase in rate
as T increases, and decrease as T decreases.

L) Catalyst

A catalyst is a substance that increases the rate at which a chem;cal re-
‘action takes place by entering into the reaction then being regenerated. This
provides a new mechanism and always increases-the rate. Since the catalyst un-
like most molecules, is regenerated, it is not permanently changed. For example,
the addition of Mh02 increases the rate at which the thermal decomposition of
KC10., takes place b§ forming intermediate manganese oxides. Another example is
the aecomposltlon of hydrogen peroxide into water-and oxygen. The reaction
occurs .very slowly, but in the presence of finely divided platinum the reaction

proceeds more rapidly since the platinum adsorbs the perox1de and prov1des a new'
mechanism for O2 productlon o

When the reactants, the catalyst, and the products are all present in the
same state, the catalysis is homogeneous., An example is the decomposition:of -
H,0, ln an aqueous solnflon o . - : : SRR

2HOf2H0+02 - (3)

The rate of decomposition of H 0, can be 1ncreased by adding I” ions to the solu=

tion. The rate equation is: rate "k:[H 0,1 suggestlng a slow step involv-
ing a collision of H O and I” molecules, %llowed by a series of much faster
steps whict:~give. the” H 0 and O products and regenerate the I°. -The mechanism of
the decomposition‘is tgought +5 be: S -
o o v e

0, + I7 W™ ou 4 yor fagt
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A
L.

H HO + 01 (&)

H0, + o1 f85% HO,™ + HOI fast 0, + HO + I (5)
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Adding Egs. (4) and (5) gives_the overall Eq. (3). Nétice that none of the I”

ions has been used up. The I. ions react and are then regenerated, as is true
of all catalysts.

SUMMARY

Some ideas important in the understanding of rates and mechanisms are: .

i) The variables which ordinarily affect the rate of chemical reaction (e.g.
concentration, temperature, pressure). - ,

i1)  The mechanism by which a chemical reaction actually occurs.
iii) The relationship of this mechanism to the rate.
No variables other than concentrations and the absolute temperature are

ordinarily found to affect the rate of a given reaction. Heterogeneous reactions
occuning at phase surfaces, introduce a difficulty in defining the concentrations

| involved, but no new idea is introduced.

In mny cases, the observed rate is determined by a single slow step out
of a whole series of reactions in a complicated mechanism. When there i8-a -
single slow step, the experimentally determined rate equation and the experiment-
al dependence of the rate constant on absolute temperature often turn out to be
especially simple., The rate equation often takes a second order form, rate =
k [A}{B], where A and B are the species which react in the slow step, A + B=>
products. Similarly, a plot of log (rate at constant concentrations) vs (1/T)
often gives a straight line whose slope is @E t/"'575) » vhere AE_ . is the
activation energy of the slow step. Mechanist}& steps involving t%’*’ intermediate
products seldom occur since such intermediates usually exist at only small con-
centrations and are unlikely to collide with one another, as they must if they
are to react with one another, :

Regardless of whether the general mechanism of a reaction is understood
or rot, it is easy to'show that the equilibrium state inwlves a set of simul-
taneous reactions in which every step of the mechanism is proceeding in both

directions at equal rates. The sum of all mechanistic steps must give the
equation for the net reaction. '
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I. THE USE OF STARCH AS AN INDICATOR
FOR DETECTING THE PRESENCE OF IODINE

o
« .
i
oy

.

This experiment explores extent of reaction and the sensitivity
of your eyes to detecting change.

Requirements

Potassium iodide solution,  06HM
Potassium iodate solution, 0.07M
Starch solution, 1%

Hydrochloric aciad solutlon, 0.1M(stock diluted w1th 29 volumes H, ¢)

Beaker, 150 ml
Dropper, calibrated

Measuring cylinder, 10 ml, 100 ml
Test tubes

Test tube rack
.~ .Test tube brush '

e sy £ S

|
i
¥
|

KProcedure

B Wash o dropper thoroughly with water and rinse with the solution :
for which it is to be used. Fill with solution and transfer dropwise to i
a measuring cylinder, counting the number of drops required to make 1 ml '

of solution. Fron this, the volume of solution corresponding to one drop
is calculated.

Test the potassium iodide solution with starch solution to ensure
that significant traces of iodine are not present.

Into a dry beaker add 1 drop of 0AM potassium iodide solution and
dilute it with 100 ml of water. This diluted solution
is to be uscd in the starch sensitivity reaction only. Arrange 6 dry test
tubes in the test tube rack and add the reagents as shown in Table I to

each tube with shaking. Record the initial observations and enter then
into Table I.

TABLE I: Detection of Iodine by Starch as Indicator

Tube | Drops of Drops of Drops of | Drops of Resulting
diluteq KI | 0.07H }.(IO3 .Star?h HCl. - color
Solution Solution Solution | Solution
n 1 1 2 2
b 2 1 2 2
c 3 1 2 2
d L 1 2 2
e 5 1l 2 2
£ 6 1 2 2
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When a’dilute aqueous solution containing iodide ions is added to

an acidified dilute-aquecus.solution centaining jodate ions, the following
reaction -occurs,

2I1° - 12 + 2e (x 3)

.1I0; + 6HY + 6e . > I” 4+ 3H,0

W)
i

I00 + 5I° + 6HY = 31, + 3H,0

W

If a little starch solution is also added to the reaction mixture a-blue
colouration will develop. This is a sensitive method for detecting the
iodine formed in this reaction, and a bgue colouration may be visible
with 1odine concentration as low as 10

In the first tubes, the fact that no colouratzon is visible does
not mean that reaction has not taken place. It simply means that the
concentration of iodine is too low to cause a 'visible colouration to
develop with starch. In later tubes the concentration of iodine is hzgh
enough to give a blue colour.

Questzon

What is tha<approximato .concentration of iodipe_in the first tube
ta. ahou_color?

'

(A ]
M
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II. REACTION OF THIOSULPHATE IONS WITH HYDROCHLORIC ACID

The object of the experiment is to explore how the order of a reace
tion may be determined, and to allow you to suggest a possible mechanisn.

Reguirements

Hydrochloric acid solution, 3M
Sodium thiosulphate solution, 0.15M (stock diluted with 2 volumes H 0)

Beakers, 2 x 50 ml

Measuring cylinders, 10 ml, 100 ml
Watch with second hand.

Procedure

To one beaker add the volume of thiosulphate solution and of water
shown in Table 1. To the other beaker add the HCl stir the solution of
thiosulphate and water then pour it into the acid solution. Pouring the
larger volume into the smaller insures good mixing. Time the reaction
from the moment the solutions are mixed until a turbidity is produced by
the precipitation of sulphur. (Each experimenter may judge this point
differently, but it must then be adopted consistently throughout the
experiment.). One method of timing is to measure until the first detcctable
precipitate forms. Another is to place the beaker on a piece of white
paper bearing a pencilled x, and mecasure until the x is invisible. Take

at least two measurements for each set of concentrations. Enter the results
into Table I,

Repeat the same procedures keeping the volume of thiosulphate solution
constant and vary the volume of the acid solution according to Table II.

TABLE I: Reaction between Hydrochloric Acid with Varying Concentration
of Scdium Thiosulphate

ml of 0.15M nl of Concné_of ml of Reaction

Na.S.0 H,0 3 3M HC1 Time in 1/t

sofutitn %M Solution Seconds (t)
25 - 0.15 5
20 5 0.12 5
15 10 0.09 5
10 15 0.06 5
5 20 0.03 5

Discussion

The experiment involves the deposition of sulphur from sodium
thiosulphate in the presence of acid. Free thiosulphuric acid is formed

43
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then decomposes into sulphur and sulphur dioxide.

5,057(aq) + 2H'(ng) ~— H,5,0,(aq) — S(c) + SOy(aq) + Hy0(s)

TABLE II: Reaction between Thiosulphate Ions and Varying Concentration
of Hydrochloric Aciad

- o

ml of 0.15H | ml of 3M nl of - Concn..of Reaction Time
5,05 HC1 Hy,0 | H(ag)(M) in in Scconds 1
Solution Sclution Final Solution t
25 5 - 0.5
25 3 2 . 0.3
25 ' 1 ok 0.1

1/t may be taken as a measure of the rate of reaction in th's-z_
experiment. Plot rate (1/t) versus initial concentrgtion (M).qusaow
ions. In the reaction first or second order in 5203 ? i

It is also possible to calculate tho rate constant from thu slope
of the graph. Try this in units of moles/liter and seconds.

2]

(#1)

1/t (cCrate)

Fig. 1. Rate graph which will be obtained if the reaction of
thiosulphate with hydrochloric acid is:
a) first orders b) second order

14
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Deduce from Table II -the order with respect to the acid concontra-
tlon, [H ]l . 1Is mechanism I or II below more likely? Note that H_S

is a weak acid. . 2"2 3
Mechanism I, 2H' + S o3 , Slow, H,0 + S0, + §
Mechanism II. H' + sao3 = H5203 (fast equilibrium)
e ES,05 =2 HS,05 (fast equilibrium)
H25203 . slow, HyS0; + 8

This experiment shows. that the rate law for a reaction can only be
established by experimental measurement and cannot be predicted from the
balanced equation for the net reaction. The rate in this experiment is
not proportlonal to [ [H as might be guessed from the net
. equatlon. .o . R .

Question:

Why does a solution of sodium thiosulphate become turbid when
exposed to the atmosphere?

P
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III. HOW TO FOLI.UW A REACTION

The object is to study how changes 1n reactant concentratlon aflect the
rate of reactlon. [T - .

p—
. P
N Y

. [ ikt il
PR

Requirements

' 'Potas:num iodide solutlon, 0.6M \

.+ Sulphuric acid solution, 0.5M (stock dlluted mtha.volume H 0)
.. Starch.solution, 1% -(see- Experiment 1)

Hydrogen peroxide solution, 1O : .

Sodi'um thiosulphate solution, O5M _ ) !

'

Droppers, callbrated

Measuring cylinder, 10 ml, 100 ml
Test tubes

Test "tube rack

Watch with second hand

Procedure

a. This experlment requires team work between WO_persons =~ one to perforn
the experiment and the other to act as tn.me-keeper.

b. Dilution: 0.6M KI solution (10 drops) made up to 1 ml with water (Solutlon A);
10M H 0, solution (5 drops) made up to 25 ml with water (Solution B), a5t
Na28263 solution (2 drops) made up to 25 ml.with water (Solution C).

¢. Into a test tube add 2 drops of O,5M HZSOA solution, 2 drops of starch .
solution, 1 drop of -Solution-A and"l-dFop of Solutlon C. (This clears any
slight blue colouration due to atmospheric oxiddtion of 1od1de) Then ,
(with shaking) add 1 drop of Solution B and start timing. ~At the appearance
of a blue colouration, immediately add another drop of Solution C, shake

. and record. .the time, -When the blue:¢olouration reappears, immedlately
‘add another drop of Solution'C, shake"and again record the time. Repeat

this procedure for another 8 additions of Solution C. Enter the results
into Table I, : e i e

i X Co i RN

Discussion . )

In this experiment, we follow the rate of reaction, i.e. the formation
of iodine, by the time taken for the blue colour aof the starch indicator to
appear,

H0,(aq) + 2I7(aq) + H'(aq) &= Ip(aq) + 21,0Q) (1)

The liberated iodine reacts with the added thiosulphate ions according to eq. 2,
and the blue colour is discharged.

I,(aq) + 25 02"(aq) == 2 (aq) + S()g.(aq) (2)

But iodine will continue to be produced (eq. 1) but not until all the thiosulphate
is used up, the blue colour will be regenerated (see Table 1)
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TABLE 1: Rate of Resction-of Potassium Iodide and Hydrogen S
Peroxide with Varying Concentration of Reactants

Readings | Drops of | Drops of Drops of Drops of Time Reaction
H280h Solution A | Solution B | Solution C | in sec- Time
Solution (17) (H ) : (S2O§-) onds | Interval
a 2 1 1 1
b " " " 2
c " " n 3 k
d " " n IN
e ] n " 5 i
f " " " 6 }
g n " n 7 ;
h n ] n 8 i
' " W " -9 l
j 1] " " 10 3

A this stage, another drop of thiosulphate solution is added. The whale

process is repeated until a total of 10 drops of th:,osulphate solution has *
been added . -

X

. The results hsted in Table I show whether the rate of reaction changes
as concentrations are changed., Interpret your results,,

Question

Calculate the initial molarity of I~ and B0, used in the experiment.
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IV, HOW REACTION SPEED DEPENDS ON INITIAL CONCENTRATION

.The object of the experiment is to study the effect of 1n1t1a1
concentratlon of reactants on, the rate of reactlon. ' :

Requirements el L . S

1
I I

Sulphuric acid:solution, 0.54 (stock.diluted w1th'VOlume H O)
Starch solution, 1%

Hydrogen perox1de solution, 10M

Potassium iodide solution, O.6M, solution A

Droppers, calibrated

lMeasuring cyllnder, 10 ml
"Test tubes ™™ N

Test tube rack

Beakers

Watch with se€cond hand..

- @ hae e eesiiiee s e Seaese en aRnee

Procedure.‘“
&, Dilution:
"The 0.6M KI solution (Solution A) is diluted as shown in Table I,

'TABLE I: Dilution of 0.6M KI solution (Solution A). Use Sample
g ‘tubes and clearly lable each solution.

_Solution | Drops of. . . .l mlofi..ccw..-|o
) Solution A water ‘ 4
B | 1 _l
S Ce 1 ‘Aé. |
D 1 3
....... e B SR TR Ll s e e
I i 5 |

+ -+ Dilute. 5~drops of- the- 10M- H 0, solution with-25 ml wate¥ to’ glve“Sdluflon
L. Then dilute further as 1n§10ated in Table II. :

TABLE II: Dilution of Solution L (H.O solutlon)

22
L Solution Drops of " ml of
Solution L - water -
M l l wrsasmpm sre =5 ol meve v b
- e N,.. . [ e e . .....2 ——ansomnin oo ren s

0 1 3
P 1 b

O Q l 5 48
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b. Reaction: -

~ Set up 6 dry test tubes in the rack and to each tube add (with shaking)
the reagents in the order shown in Table IIl.

solution is added, record (to the closest second) the time taken for the first
definite blue colour to develop,

Enter the results into Tuble III,

From the moment the drop of KI

Repeat the same procedure using the quantities of reagents shown in

Table 1IV.

TABLE III: Rate of Reaction of Hydrogen Peroxide with Varying

Concentration of Iodide Ions.

Drops of| Drops of Drops of Drops of Time in Relative
0.5M Starch H,0,, KI seconds 1/t |Concentra-
H2SOL Solution Solﬁtlon Solution { until colour tion of I

(Solution L) appears
2 2 2 lofB 1
W " " v 1/2
n " 7" " D 1/3
" " " n | 1 /lt-
" " " " F 1/5
TABIE IV: Rate of Reaction of Jodide Ions with Varying Concentration
of Hydrogen-Peroxide. ‘

Drops of | Drops of | Drops of Drops of Time in Relative
0.5 Starch H,0, . K1 seconds 1/t | Concentration
stoh .Solution|. Solﬁtlon {Solution . | wuntil eolour| - 1 of H202

(Solution A) appears
2 2 20f M 1 1
f " " N ] 1 /2
" " o 0 ] 1 /3
" " " p ] 1/
" " "oq " /5

49

e v T
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Discussion

The experlment 1s besed on the ox1datlon of 1od1de ions to iodine
by hydrogen perox1de in aqueous solution.

21 (aq) — Iz(aq) + 2e

1,0,(aq) + 2H Tlaq) + 2 e -<3 2H-20(1.)

H,05(aq) * + 2I (aq) + 2it(ag) = I,(aq) + 2H,0(1)

In the presence of iodine, starch turns blue and the appearance of
this colour is used to follow the rate of appearance of iodine with time.

It can be seen from Table III that as the potassium iodide solution
is diluted, the time taken for the appearance of the blue colour gets
progressively longer. That is, the reaction rate is slower. . Here, again,

rate is proportlonal to 1/t.

A similar result is observed when the concentratlon of potassium
iodide is kept constant and the concentration of hydrogen perox1de 1s
varied (see Table IV).

" From these two seriés of measurements, ‘it can be seen that the rate
of rcaction between hydrogen peroxide and iodide ions depends upon the |
initial concentration of the reactants. Lstimate the order of.the reaction
with respect to [ I~ 1. With respect to [1.0.7. See the introduction. to
this  volume for a pos51b1e nechanism. Areé your data consistent w1th the
mechanism? . :

-Questions:

- 1.. Suggest a reason for the increase of reactlon rate w1th in-
creasing reactant concentration.

2 'What'are some of the differences between Experiments III and IV?

3.: Are the. results of. prerlment IV in agreement w1th the theory
proposed in Experiment III?

50
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V. REACTION OF HYDROGEN SULPEITE AND IODATE TONS K

!
!
'
\

The object of the experiment is to study the effects of concentration
and temperature on-the rate of reaction between hydrogen sulphite and
iodate ions. ' R

Requirements

Sodium hydrogen sulphite or sodium pyrosulphite, O.lg.

Starch, lg

-Sulphuric acid, 1M - - - . - ' -

Potassium iodate solution, 0.01M (stock diluted with 6 volumes HZO)
Ice ' ' :

. Plastic sample bottles
.Spirit lamp '
Thermometer
Watch with second hand

Procedure

In certain schools the reagent, sodium hydrogen Suiphife,'may'not be
available. It is possible to use sodium pyrosulphite (or sodium metabisul-
phite) "‘as a substitute. Sodium pyrosulphite changes to sodium hydrogen

3 o s A OA r

sulphite in water - "o )

Na,5,05(c) . H000) ——> 2NaliS05(c) —> 2Na*(ag) + 2HS03 (aq)

Label the 0.01M KIO, solution as Solution A. Solution B is made
as follows. Take lg of séarch'and make into a paste with 1 ml of hot
water. To this add 1 ml 1M H,SO,, O.lg of whichever sodium sulphite

is used and dilute to 250 ml.” The concentration of hydrogen sulphite ion
in Solution B is 0.004M,

Set up 10 plastic bottles and label them. To each bottle, add the
volumes of Solution A and B as indicated in Table I. Always add H,O as
required to Solution A before adding Solution B.: On the addition Gf£ Solu-
tion B, start timing and record the time taken for a blue colouration to
appear. Record the room temperature and enter all results into Table I,

In the sccond part of the experiment, the rate of reaction (X 1/t)
(that is reciprocal of the time taken for the appearance .of the blue colour)
is measured at different temperatures. This can bc done by using a beaker
of water and adding ice for temperatures below room temperature and hot

water for those above room temperature. The temperature listed in Table II
are only a guide but several readings below and above room temperature
should be taken. It is not necessary to measure the rate of reaction

above 50°C. 1In all measurements, 10 ml of diluted solution A and 10 ml

of Solution B are used, and in all instances, Solutions A and B must have

+ attained the temperature at which the measurements are made (use the

thermometer) before they are mixed together. Record the time for the blue
colour to develop from the mcment of mixing the two solutions.

L
po

© o o R e 11y 4 b DBN Tt St s v

|
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TABLE I: Reaction of Hsog and I0T with Varying Concentration
of IO3 at Room Temperaéure (¢ ... -
Tabe | Solution A, ﬁao ConcenEratioﬁ . $olution‘ﬁ. Time
- ) of IO, (M). 5: .2 in sec~- |1/t
(m1) “(ml) | in dildted So- (m1) onds
b . lution A, !
“!,.' ” e U AN . AR
3 S 10 - 0,01, .. .. -~ .X0
2 9 1 0,009 0 '
3 .- .8 2. 0,008 - {: 10 :
Yo A 3 00007 | 10 o
: 5.1 6 - - 0,006 .. /. -10
I ERRE RN R A B Ot
7 L 6 0,004 10
8 3 7 0.003 10
9 2 8 0.002 10 B
10. : 1 1 9 . 0,001 ol 10:

TABLE II: Reaction of 10 ml 0.01M IO° and 10 m1 O0,004M HSO

Solutions at Different Temgeratures. 5
] ° .
iTemperature C Time in ~; 1/t | Temperature °c Time in 1/t
Suggested| Actual| seconds Suggested| Actual seconds

2 | 25

' (room)

10 35

20 45

|

Discussion

You have seen that the rate of reaction depends'on the concentration
of the reactants and on the temperature at which the reaction is carried
out. In most homogeneous reactions, the rate of reaction increases at

higher temperatures. 1In all mechanistic steps the rate increases as '
temperature increases.
Q
ERIC ¥

<l
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This experiment is based on the net reactions !
Iog(aq)m +-m3HSO§(aq) -2 I%(aq) +- 380 “(aq) + 3H (aq)
61 (aq) + 5I7(aq) + 105 (aq) = 3I,(aq) + 3H,0(1)
The second roaction takes place immediately the HSO; ions have bcén
all removed. Do your data indicate that the rate is 1nflaenced by [IO ] ?

No djfinite decision can be made about the order because the concentrafion
of H, for example, was not kept constant.

Table II. will show that at higher temperatures, the reaction procceds
faster. Plot log(l/t) vs 1/T(®K). If you get a straight line, its slope
should equal the cnergy of activation (in cal/mol) divided byel,575. Note
that the rate is proportional to 1/t and, at constant concentrations,
rate is proportional to ky so log k is proportional to log (1/t).

See the introduction to this bookleét.

Question:

Why does an increase in temperature generally result in an 1ncrease
in rate of reaction? VWhen is this not so?

a3

P W ke I
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VI. EFFECT OF TEMPERATURE ON RATE OF REACTION

The object of the experiment is to study the effect of changing
temperature on the reaction rate of i) permanganate ions with oxalic nac¢id
and ii) thiosulphate ions with hydrogen ions.

Requirements

Oxalic acid solution 0.05M

Sulphuric acid solution O.5M (stock plus 1 volume H O)
Potnssium permanganate solution 0,01M

Sodium thiosulphate- solution-0.15M- (stock plus 2 volumes H, 0)-
Hydrochlorlc acid solution 3M

Beaker (150 ml)

" Dropper, calibrated
Measuring cylinder, 10 ml
Spirit lamp
Test tubes
Test tube holder
Test tube rack
‘Watch with second hand

Procedure

a. Dilution: Dilute 50 drops of 0.05M oxalic acid up to 25 ml with
‘water: (solution A)., Also dilute 0.01M potassium permanganate up to
25 ml with water (solution B) o :

b. To a clean test-tube add 2 drops.of Solution A,.2 drops.of 0.50
sulphuric acid, 1 drop of Solution B, and start timing at the last drop.
. Record the time taken for the solution to turn colourless and . enter the
"result iaTable I. Place another test-tube in the test-tube holder, then
add 2 drops Solution A, 2 drops.of.0.5M sulphuric acid, Boil a beaker
of water and immerse thc test-tube in the boiling water for 10 seconds,

- reaove the test-tube from the water-and add 1l drop of Solution B to-the
solution with shaking. Again record the time taken .for the solution to
turn colourless. Enter the results obtained into Table I.

TABLE I: Effect of Temperature on the Reaction Rate of
Oxalic Acid and Permanganate Ions.

' Tube Temperature °c i Drops of Drops of- Drops of : Time
. Approxe. Actual Solution A H.SO 'Solution B, in
L S : Solution | seconds
1 ~d 25 2 2 1
2 ~ 4o 2 2 ) S
3 ""'60 2 2 IR
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c. Place a black mark on a piece of white paper and place a test-tube on
the mark. To the tube add 2 drops of sodium thiosulphate solution, 2 drops ;
of hydrochloric acid and record the time taken for the precipitate to
obscure the mark on the paper as you look down the tube. Add 2 drops of
sodium thiosulphate tc another test tube and immerse the tube in boiling
water for 10 seconds. ' Then place the tube over the mark on “the paper and
add 2 drops of hydrochloric acid. Record the time taken for the prccipi-
tate to cover the mark. DLnter the results into Table II,

TABLE II: Effect of Temperature on the Reaction Rate of
Thiosulphate and Hydrogan Ions.

Tube Temp. °C 2Qrops'of é 4Drops of Time in :
Approx. Actual 8203 Solution . H" Solution . seconds
1 ~25 2 2
9 ~ YD g >
2 ~60 2 2
Discussion

At higher tempcratures, homogeneous reactions usually proceed at
higher rates. Thus when permanganate ions and oxalic acid are mixed at
25°C, the time taken for the colour of permanganate to discharge is long.
However, if the solution is heated, the permanganate colour d1scharges
much faster. The net reaction taking place is:

MnOj(aq) + BH'(ag) + 5¢ —— Mn®*(ag) + MH,O(1)  (x2)

c,05 a) | —— 2€0,(aq) + 2e° (x5)

2Mn0j(ag) + 50,037(aq) + 16H'(ag). = 2Mn"*(aq) .+8i120(1)¥ 100, (ag)

(pink) - (colourless)

The net reactioh between thiosulphate ions and hydrogen ions also
proceeds slowly at room temperature. At 60°C, the reaction occurs rapldly

L Lt

N - o

f@nd the time taken for the deposltion of sulphur 1s 1less.  The net reac-
" tion is (see Expt. II): -

5,057(aq)_ + 2i*(ag) ——» S(c) + 50,(aq) + H0(1)
The rates of most reactions increase with temperature. .

guestion:

o 1.l?he reaction between MnO- and C O2 is 1mportant in dnalytlcal
chemistry. 1Is it necessary to heat the Solution during the reactlon?

a5

o "
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Procedure

_.the sulphuric acid and sodium hydroxide solutions as shown in Table I,
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VII, EFFECT OF ACID CONCENTRATION ON A RATE OF REACTION

The object of the experiment is to study the effect of the acid
concentration on the reaction between arsenité and iodine,

Requirements

Sodium arsenite solution (neutralized), 0.O0S5H

Sulphuric acid solution, 0.5M (stock plus 1 volume H,O

Iodine solutiocn, 0.1M in potassium iodide solution, G.BM
(henceforth referrcd to as KIz solution)

Starch solution, 1% (See Experiment ?)

Sodium hydrox1de solutlon, ‘0,1M

Dropper, 1 calibrated
Measuring cylinder, 10;ml
Test tubes

Test tube rack

Watch with second hand.

a. Dilution: iodine solution, 2 drops made up to 5 ml with water. Dilute

TABLE I: Dilution Chart for Sulphuric Acid and Sodlum
Hydrox1de Solutions. -

b. Mark 6 more test tubes A to F and place them in the test tube rack.

_another 6 test tubes, marked G to L, add reagents in turn, to each tube

Solutlon i-ml of 0,5M | ml of | Concen~' ‘| Solution | @l of mI;of; Concentra-
H 504 : HéOA _tration L 1 0. IM _HéO tion of
) of H SOh- : |'NaOH ' NaOH Solu-
Solf= *. i ot ltion (M)
tion (M) L S
A 10 - 0.5 G - 10 . 0.
B 8 2 0.l H 2 8 0.02
C 6 L 0.3 I L 6 0.0k
D 4 6 0.2 J 6 4 'l 0.06
E 2 8 0.1 K 8 2 0.08
¥ L= 10 0 L 10 L= 0.1

Add reagents in turn to each tube as indicated in Table II. In each
instance, record the time required for the blue colour to discharge from
the moment the drop of sodium arsenite is added. 'Agitate the solutlon
after cach addition. Inter the results obtained in Table II. Set up”

as indicated in Table III, Again record the time required for the blue

o6




T T

G

colour to discharge from..the -moment the drop of arsenite-is added.,
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the results obtained in Table III.
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Enter

TABLE II: Effect of Hydrogen'Ion Concentration on Rate of Reaction
between Arsenitc¢ Ions and Iodine.

Solution |[Drops of _ |Concen- Drops of 'brgps of Drops of | Time in
32304 So- tration' Starch 13 Solu- Asog' seconds
lution from |of H (M) [Solution tion Solution
stock A,B,C,

etCo
A 2 1,0 2 2 1
B 2 0.8 2 2 1
Cc 2 0.6 2 2 1
D .2 O.4 2 2 1
) 2 0.2 2 2 .1
F 2 10~ w2 2 1
TABLE III: Lffect of Hydroxide Ion Concentration on Rate of
Reaction between Arsenite Ions and Iodine.
Solution Drop§.of Concen- Drops of'! Drgps of Dropg of Time in
” OH tration Starch | 'I. Solu- As02~ seconds
Solution of Solution. tign Solution
from stock| OH™ (M) '
1.G,H,I ete] o o
G 2 1077 2 2 1
'H 2 0,02 2 2 1
T 2 0,04 2 2 1
2 0.06 2 2 1
K- 2 0,08 2 2 1
L 2 0.1 2 2 1
Discuséion B

sodium arsenite and iodine may be
equation: .

The dﬁdﬁe reaction beﬁween
represented by the. following net

Asog'(acj) + I3(aq) + Hfao(l)
Lri ey
'-'::g‘l

'Asoz'(aq) + 2H+(aq) + 317 (aq)

Lt s rpa TN

Lo« gy i’y o=t s P s 1" VL

e WO g
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A look at Tables IT and III indicatem how the concentration of acid
influences the rate of reaction of arsenite and iodine. Can you suggest
any interpretation? Remember H,AsO, is a weak acid as are H Aaq; and
HAso§ . 53 ' e

Question:

In the strongly alkaline solution (Solution L) why does the solution
turn colourless before the addition of arsenite solution? :

W
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VIII. EFFECT oF CATALYST ON REACTION RATE

The object’ of the experlment is to explore how reactlon rates are
affected by ‘the presence ‘of catalysts.

Part 1. . Reaction of Permanganate Ions and Oxalic Acid

Requirements

"Potassium permanganate solutlon, O OlM :

Oxalic acid solution, 0.05M

Sulphuric acid solution,0.5M (stock plus 1 volume H 0)
Manganese sulphate solutlon, 0.21

Dropper, 1l calibrated
Measuring cylinder, 100 ml-
Test -tubes

. Test tube rack”

WNatch with second hand -

Procedure Coree ” e o
" @« Dilution: Dilute 50 drops of0.Q1M KMnO4 dp to 25 ml with water.

b. To-a test tube, add 2 drops of .. .« oxalic acid solution, 2 drops
of sulphuric acid solution and 1 drop- of diluted potassium permanganate
solution. Start timing upon addition of permanganate solution. Record
the time taken for the permanganate to be decolourised.. Add another

- drop of diluted permanganate.solution and again record the time taken
for the solution to be decolourised. Repeat the experiment adding
drops of diluted  permanganate solution till the decolourisation of
the solution is instantaneous (approximately 12 drops of permanganate).
To another test tube.add.2 drops of oxalic-acid solution,

2 drops ‘of sulphuric acid solution, 1 drop of manganese sulphate and
‘1 drop of diluted '‘permanganate solution. Note the time required to
decolourise the solution from the moment the drop of permanganate is
added. Plot a graph of drops of permanganate added vs time in scconds
Account for the _shape of the curve.

TABLE I: .Effect of Catalyst on the Rate of Reaction between
Permanganate and Oxalic Acid.

Tube |Drops of | Drops of | Drops of 0.2M. Drops of Time in
H,C O H bO MnSO KMnO seconds
Squélon Squtlon Solution Solution




Table I. (Continued)
‘Tubé‘M"'D;Bﬁé of 'Droﬁénofnwu Dfops of 0.2M | Drops of | Time in
" H.C 0, H SO MnSO KMnO seconds
SO%U%IOH B 5o§ut10n . Solution Solution
a 2 2 - 5
i 2 2 - 6
" 2 2 - 7
" 2 2 - 8
" N 2 . 2.‘ i - 9
" 2 2 - 10
i P 2 - 11
" 2 2 -, 12
b 2 2 ) 1 1
Part. 2. Réactipn_bf Iodiae Ibns.qnd.HydfogehfPeroxide.
Requirements

Potassium iodide solution, 0.6M
Hydrogen peroxide solution, 10M

Sulphuric acid solution, 0.5M (stock plus 1 volume H 0)

Ammonium molybdatc solutlon, 0,1 M
% (See Experiment I)

Starch solution, 1

Dropper,'l'éélibrated

Measuring cylinder, 100 ml

Test tubes. |
Test tube rack

Proced

ure

a. In separate tubes dilute 10 drops of hydrogen peroxide up to 50 ml with
water, 2 drops of potassium iodide up to 10 ml with water; and 2 drops
of ammonium molybdate up to 10 ml with water.

b. Into a test tube add 2 drops of sulphuric acid, 2 drops of starch
solution, 2 drops of diluted hydrogen peroxide solution, 1 drop of
diluted potassium iodide solution and record your observation.

To another test tube add the same solution (same quantities) but add
rop of diluted ammonium molybdate solution before adding the

Again record your observation in

14

diluted potassium iodide solution.

Tab

le II.
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TABLE 1I: Effect of Catalyst on the Rate of Reaction between
Potassium Iodide and Hydrogen Peroxide

F I T T TE SR L P

Tube Drops'of" Drops of | Drops of Drops of | Drops of | Observa-
H,80, © | Starch | . H,0 - (NH,) ,;MoO KI tion
Sofutlon N Solut1on Solution SolutIon Solution
c 2 2 2 - 1
d 2 | 2 2 LI 1
:
i
ce Try some other species for cataly tlc activity. Possibly Fe+++ instead
of Mn"~ , Br instead of I, others of your own choice. Note that
the pairs.suggested are 1soelectronic; they have the same electronic
structures,
Discussion

- Mt Sh se Ahery 11 as 4 me s TN a . b
R T e A AR

The rates of chemical reactions are influenced by a number of factors,
one of which is the presence of .catalysts in the reaction system. o
Catalysts may be described as substances that affect the rate of reactions,
and always take part in the reaction they are catalysing, but are recgenerated
so that they are not used up. In these experiments neither the manganous

ions nor the molybdate ions were used up, - Gan you estimate their relative
effectiveneas as catalysts? = T :

Juestions:

1) Will a catalyst have any effect on the concentratlons at
equlibrium? :

'

2) Why do catalysts affect the rate at which equilibrium is
attained?

st ™ i i e Arans AT

e e e

e
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IX., REACTION OF CALCIUM CARBONATE WITH HYDROCHLORIC ACID

‘The object of the experiment is to study the rate of reactlon between cal-
cium’ carbonate and dllute hydrochlorlv acid.

Requlrements f‘

Hydrochloric acid, 3M . :
Calclun carbonate (marble ohlps, or cléan eggShells)

Test tubes and corks to fit
Test tube rack

Experiment

Procedure: Select 5 pieces of calcium carbonate ‘of ‘équal surface area 'hlch are
about the size of a pea or grain of corn. Prepare 5 test tubes with ‘cork stoppers,
and file a shallow notch in the side of each stopper so gas can escape from the
tube. Fill the first tube with 3 M HCl, fill the second half-full, the third one-
third full, the fourth one-fourth full, the fifth one-fifth full of 3 M HCl. Then
£ill tubes 2-5 nearly to the top with water. Shake each tube to insure uniform
dilution of the acid. Add a lump of CaCO, to tube 5, invert the tube, and place

it in a beaker half full of water. Repea% for each of the other tubes. Measure
the time required for each tube to fill with gas. Repeat the experiment to check
your data. You may use the same lumps of CaCOE, but it is better to put each lump

in a different tube. Use the second run to get an estimate of how the lumps differ
in area. How is it possible to make this estimate?

TABIE I: Rate of Reaction of Calcium Carbonate with Hydrochloric Acid of
Varying Concentration.
Solution ; Relative Amount i Time of Reaction |
: of Molarity in Seconds
HC1 Solution of HCl
A 1 | 3.0
B 1/2 1.5
C 1/3 . 1.0
D ; /4 .75
' !
E j 1/5 .60

Plot a graph of concentration 5 hydrochloric acid against rate of rcaction
(inverse of time). Try plotting H.r versus rate of reaction. Any crnclusion?

Yo
~

L T s el e e




Discussion

. . a B .
v e m——pt s

From the flrst few experlments in this booklet you have found that the
rate of chemical reaction usually depends upon the concentrations of some or
all of the reactants. By measuring the ‘time taken for a constant amount of

calcium carbonate to react with varying concentrations of hydrochloric ucid, you
have measured the dependence of the rate of reaction on the acid concentration.

Estimate the order of reactlon with respect to {Hﬁ} Suggest a boSsible
mechanism, :

A similar experiment is found in "Experiments on Compound Formation"
UNESCO Project for Chemistry Teaching in Asia, 1969.

Questions

l) _Why is it .necessary - that the pleces of calclum carbonate be of" equal'

area’

2) What are the units of k, the rate constant, in this experzment°
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Xo REACTION OF TIN AND IODINE IN BENZENE SOLUTION

The object of this experiment is to study the rate of reaction
between tin and iodine in benzene solution. The reaction rate is followed
by determining. the.rate'of loss of weight of tin. The ‘main apparatus for
this experiment, viz. an accurate analytical balance, is not readily availa-
ble in most schools. The purpose of including this experiment into the

' framework of the kit is to give another example of rate of reaction should
“thé’ necessary apparatus be available. It is also possible to build a simple
relative balance from a spring or.a.thin steel rod, -and to use it to measure
relativeé wéight losses. The experiment is reported in Journal of Chemical

Education 43, 483, (1966).

Reguirements

Tin squares of approximately 3g with a holec in the centre
Iodine solution, 10g.I2 dissolved in 100 ml of benzene.

i
Balance cdpable of detecting changes to at least 0.001 g
Beaker, 100 ml
Cotton thread, 30 cm
Platform to span balance pan
Watch with second hand

Procedure _ _

Tie the piece of tin with the thread and suspend it from the balance
pan hook at approximately 4 cm above the balance pan. '

: Place the platform over the balance pan and
make sure that it does not touch the pan. - Fill the beaker 3/4 full with
the iodine solution and place it on the platform so that the tin is fully
immersed in the iodine solution (see illustration). Weigh the piece of
tin (suspended in iodine solution) accurately and take this reading
as being weight of tin at time O. Weigh the piece of tin.(suspended in -
solutlon) at:2 minute intervals till 30 nlnutes has elapsed. Plot a
rrraph of welght of’ t1n agalnst t1me.

Repeat this experiment with iodine solutions containing Sg 12 in
100 ml benzene and 2g I2 in 100 ml benzene.




TABLE I: Determinatioen.of -Weight Loss of Tin with Time in
Iodine Solution.

Time (min.) wWeight of | Time (min) Weight of .
-tin in IZ soln. .of tin in Iaiscln.of i %
100g/1| 50g/1 20g/1 100g/1 | 508/1 20g/1 i
, %
0 16 1
2 18 {
; 20
6 22
8 2k
10 26 ]
12 28 ,
14 30
1

Discussion

The reaction between tin and iodine takes place slowly at room
temperature according to the equation.

Sn(c) + ia.Ia(Céﬂé) '. = Sn;u(céne)

The rate.of reaction may be followed by détermining the weight of tin at
regular intervals of time, and the plot -’ w-.aght of tin against .time

cshows qualitatively the rate of the redction since [12] remains almost
unchanged. o :

If the rate of reaction plotted against the concentration of iodine :
gives a straight line then the rate depends on the first power of the,cen-- ;

centration of iodine (first order). If the rate plotted against [I 12 s

linear, the reaction is second order. Vhat is the order suggested é& your
data? ' ‘

Juestion:

Could this experiment be successfully conducted in aqueous solution?

e G gy o g B
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e S REACTION BETWEEN-SOLIDS

‘The--object of ‘the experiment is to study the reaction of two solids,
potassiim iodide:and-mercury(II) chloride. In place:of mercury chloride,
lead acetate may be used. Mercury compound- are expensive and highly
corrosive to lead joint§ in most plumbing. Do .not place them in the sink.
iercury and lead compounds are also poisoncus if taken internally.

Requirements

Potassium iodide )
Mercury(II) chloride, or lead acetate

Beaker, 100 ml
Glass rod, fire polished

Procedure

Place approximately O.2g each of potassium iodide and a lead or
rnercury salt into.:a dry beaker and note any changes, Gently stir the
mixture with a glass:rod, thia stir vigorously by grinding -the solids
together -and ‘finally, add -1 ml of water to the mixture and stir, ' Record
all observationse - Clean and dry the beaker, and this time grind thetwo
solids to powders (separately) before placing them in the beaker, Stir
the nixture with the glass rod and record your observations, :

Discussion

Reactions between solids usually take place slowly, In this reaction,

. both the reactants and products are solids, The rate of the reaetion is

followed by the appeararnce of an orangeered colour due to the mercury
iodide formed, .

o 2KFE ) 4~ HgCL, () - = --2Kc1(c) + ~HgI,(e)-
{white) . (whit€) (white) (orfingeered)

When crystals of KI and HgCl, are placed into thc beaker, the surface. area
of contact turns orange-red, Discuss your observations.

The reactions with lead are analogous,

Question: . L . . Lo

Explain what happens when water is added to the mixtures

B T L L L R T S PPN PR T I TR,
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XII. HYDROLYSIS OF TERTIARY-BUTYL CHLURIDE (t-BUTYL CHLORIDE)

o oot s o At § o i O & 101 b 0s 1t 4 a0

: The object of the experiment is to study the reaction of an alkyl halide
(t~butyl chloride) with water., It is realised that in some schools t-butyl
" chloride is not readily available but this experlment is included as another
example of. rate of reaction.

Requlrements

Tert-butyl chloride, O.li: in acetone solution
Sodium hydroxide solution, O.1M
Bromothymol blue in ethanolic solution (indicator),01%

Beakers, 2 x 50 ml
Measuring cylinder, 10 m) and 100 ml
Watch with second hand

_Procedure

To separate 20 ml samples of 0,1M t-butyl chloride add 0,1M NaOH and
vater as indicated in Table I. Add a few drops of bromothymol blue. This .-
gives the solution a blue colour. .The time (in seconds) is taken from the
moment whbn the t-butyl chloride and the aqueous solution’ of NaOH containing
a, few drops of indicator are mixed until the colour changes from blue to
yellow. Enter the results in Table I. .

TABLE I: Rate of Hydrolysis of 20 ml of 0.1M t-butyl chlgride (RC1). .

with 0,14 NaOH (Initial Concent ratlon of RC1 (CORCl) is-0. OSF?'

.., ' N A ‘ o C
oo prmons | ab or Jrstsontise | oGl 198 S/ er
a | 10| 19.0 R 0.0475 - | 1.05
R VLT U P T T X3 .. | 0.,0463 | 1.08 .-
¢ |20 lago:) - ocevooimse | .11
d 2.5 17.5 o o038 | 1.1
e 3.0 17.0 | 0.0425 | 1,18
£ 3.5 16.5 0.0413 | 1.21
g 4.0 16.0 _ 0.0400 | 1,25
h b3 Ul As5 C| S 0.0388 | 1.29
Discussion

When an alkyl halide is undergoing hydrolysis an excess of acid is
produced in the reaction.

R-C1(1) + H (1) ——> R-0H(1) + H'(ag) + €1 (aq)
(i

B U
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One way of following the course of the reaction is to measure how much
HC1 is produced. A method of following the reaction is to include a base and
an acid-base indicator in the.original.reaction mixturé. Thus, when the
hydrolysis reaction proceeds, the base is gradually neutralised by the acid
produced and the in®jcator changes colour when the pH reaches a certain value,
The acid-base 1ndlcator should be one which is suitable for neutralization of
NaOH with HCl, i.e. a strong base with a strong acid, and bromothymol blue-
in ethanollc solntlon is chosen.

- The calculations involved in this experiment are as follows:
Remaining concentration of RCl at time t is calculated from

_ A0 _ Yol. of NaOH"
Cror = Cpoy (T 50 )

Assume this hydrolysis reaction is first order with respect to t- butyl
chloride, (and independent of hydroxide ion concentratlon) i.e,

- dCRC“ ~kC
Tt RC1
c°
. . . . RC1 _
on integration this gives . lIn *E"“"":-k t
: : ' RC1 :
where C2 1 -isthe 1n1.t1a1 halide .concentration, G is the concentratlon at

time t,Rgnd kK is the rate constant. Then a plot oRC }og (CRC /C Cl) against
time should give a straight line, if the hydrolysis reaction o% t=butyl chloride
is of first order with respect to alkyl halide concentration. e

"Both acetone and t-butyl chloride are highly volatile and in order to

roduce the evaporation covered beakers can be used Even better is to perform
the experiment in a stoppered test tube. :

Questlon

Why is it necessary to use sodium hydroxlde in this experiment?

bl e i
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XIII. THE'BLUE BOTTLE EXPERIMENT.

' This experlnent has been included to demonstrate in a simple wny
a number of the basic principles of rates of reaction. The nature of
chemicals and their interactions with one anothér are illustrated in an
elegant and informative’ waye The oxperiment is essentially qualitative
(although quantitative modifications suggest themselves at various stugcs)
and no detalled experimental procedure has been given.

Requirements

Sodium hydroxide
Gluconse
Methylene blue, 1% solution in ethanol 96%

Conical flask, 100 ml

Procedure

A glass flask is about half-filled with a solution and then sedlecd
with a rubber stopper. Shaking the flask causes the liquid to turn blue.
Upon standing, the blue liquid reverts to its original colourless conditone.
You should suggest explanations-which you can.check by exporiment and
50 develop a mechanlsn for: the reaction,

- Develogment
You{may wish to. try the following as eiplanations'

(1) coloured material on stopper
(ii) increased contact with glass

Further-possible cbservaticnc: Docs iength af tine of cclour duration
' depend= on the number of equal .shakes?:

Does the intensity of colour depend: on
the number of equal shakes?

Concentration effects may also be investigated by diluting slightly
with water. It is possible to study the effect of temperature on the
rate of reaction by plotting the logarithm of de-bluing time as a function
of the reciprocal of absolute tamperature. How do you interpret the
resulting graph?

*A detailed account:of this experiment is given by J.A. Campbell:
Journal of Chemical Education, Vol. 40, No. 11, 1963 pp. 578=583 and
is also reprinted in the UNESCO publication: New Trends in Chenistry
Teaching, Vol.l, 1964<1965 pp. 162=167.
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APPENDIX I

MOLE AND MOLARITY

Atoms and molecules are far too small to be weighed on the most
sensitive balance. However, we can take a definitely known number of atonms
or moiecules, a number big cnough to weigh on an ordinary balance and use
this number in calculations cogserning weights of atoms and moleculcs.

The number chosen is 6.02 x 10°7, and is called the Avogadro Number. This
fantastically large number of atoms of a particular clement has a weight
equal to the atomic weight of the element expressed in grams. Also the
number of molecules of any compound weipgh the same numbe§30f grams as the
nolecular weight of that compound. Th¢ number 6.02 x 10 of identical
particles (atoms, ions, moleccules), known as Avogadro Number, is called a

mole of that substance.

It may be of help to think of a mole of molewules in the same way as
we think of a dozen of anything - a dozen duck eggs, a dozen oranges, ctc.
An orange weighs more than an egg. Accordingly, a dozen oranges will weigh
more than a dozen cggs. In the same way, a mole of sugar (heavy nolecules)
weighs more than a mole of guter (light molecules), though each nole contains
the same number, 6.02 x 10°7,0f molecules.

Most of our work is concerned with solutions and it is, therc¢fore,
necessary to know how we generally express concentrations of solutions.
From amongst the various methods of expressing concentration, the mest
convenient unit of concentration for use in chemical calculations is
nolarity, M. Molarity is defined ns the number of moles of a substance
dissolved per litre of the solution.

A 1 M solution of NaCl or CH,COOH or any other substance is one
which contains one mole of that substance in onc litre of its solution.
Similarly a 0.1 M solution of a substance is onc which contains one tenth
of a mole of that substance in one litre of its solution.

Knowing that 1 mole of a compound has a weight cqual to the molccular
weight expresscd in grams, the weight corresponding to a given number of
noles can be calculated as follows:

1 mole of sodium chloridec (forrula NaCl) = 58.5 g
0.1 mole of sodium chloride = 5.85 ¢

The number of noles of a substance in a litre of the solution is
called thce molar concentration and is reprosented by the formuln of the
substance cnclosed in square brackets. For example, [NaCi)signifiea the
molar concentration of sodium chloride.

The difference between mole and molarity nust be clearly understood.
Moles represents an amount whereas molarity represents an anount per
unit volunu, n concentration. For examplae, the molarity of either 1 ml
or 10 litres of 0.1 M HC1l is the same but thoe amount of HC1 in 1 ml of
0.1 M HC1l is 0.0001 mole and in 10 1litres of*1l K HCl is 1 mole.

')




'DEVELOPMENT OF RATE EXPERIMENTS

I.a. The Peroxydisulfate Clock Reaction (all aqueous)’

8208 + 21 =P ZSO“ + I2

Use stock solution: A 0.02M saog
B 0.3M I withZ’starch
c

0.CO1M 8203

Vary amounts of A and B but keep amount of C and final volume
constant. Mix B and C first and then add A to start reaction at zero
time. Rate is proportional to 1/t where t is time between adding A to
mixture of B and C and the appearance of blue starcheiodine color.

Problems to study. 1. Devise an experiment using these aolufions
in drop quantities. 2. Determine the rate law. o ‘

I b. Using constant amounts of A,B and ¢ above, vary the temperature.
Determine the activation energy..

I c. Try various substances (metallic saits or mixtures) as possible
catalysts to this system.

I do Instead of A, use a peroxydisulfate solutionAwhich is male quite
concentrated in some non-reacting ions like Na ', NO,. and Cl0,.
Try making the solution 1M and 2M in NaNO}. How is“the rate

affected by the presence of other ions?

I e. Try changing the solvent to a 50% alcohol or acetone solution.
What is the effect on the rate?

II. Oxygen Evolution from Hydrogen Peroxide (all aqueous)
. . I-
2H,0, ———> 20,0 + Oa(gaa)

Ordinarf.&ihgétoré h&drogen peroxide (3%) can be catalyzed imto
decomposition by I in solution. Try varying amounts of & 0.1M KI \
solution in varying volumes of 3% peroxide, keeping the final volume -
constant. . ‘

Follow the reaction by leading a giass nozzle from the reaction
vessel (a flask or a test tube) to a water container.

a) Count rate of formation of bubbles b) Collect the gas in a 10 ml
graduated cylinder and measure the time needed to collect a certain. volune.

Probloms to study. 1. Does thg.ahabo and volume of the reaction
vessel play an important part in the -success of the experiment? Try a




2/,
test tube. 2. Is it important to shake the reaction vessel during the
experiment? 3. Determine tgg rate law. ¥Q. Can you replace the-iodide

by another catalyst, say Mn = or Cu(NHs)u ? Try varying amounts of
1M solutions of the above. : R '

¢ -

Figure 1 suggests a possible set-up you can try. :$hink,of others,

rig.1
<z

A1l connections must -

"be gas tight = ..
28 po—=p L . "

Nozzle : . ,
1

Reaction .
mixture. o .{ﬂ

g

III. Rate of Crystallization . | L e
Rarefbf qr&gtal gﬁqwth'qan be followed iﬁ a glass tube by .measuring

the growth of the solid. 'Salol and,hygo,(NazsaOB.Sﬂao) can be easily

andercooled after heating to around 70°C. '

Make 4 tube shown in Figﬁré}é and undercool salol or.h&po~in it.

Fig.2
Seed here
e
9}%“? —.6=8" mm tubding - e d
'::.'.'l A "'. L . PRI :-.
~ Undercooled
AR o ‘ ._-l. ,ii‘quid
- 15 ' cm {

Soed_withfaQémail'crjstai at ono end. Follow rate of ciyetéliizafidﬁ
down the tube. Repeat several tinmes. o R
T : e : _ N
Problon to study. :.Vary the degrée of undercooling by warming or
cooling the %tube and its contents slightly. Doos this affect the rate
of crystallization?

e
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IV,  The Ferric Clock--Reaction

2Fo™*t 4 217 ——— 2Fe' + I,

3 in 0,06M HNO3

B. 0.,02M I~ with/starch

Use these stock solutions: A. 0.003M FeCl

C. 0,001M 8203

Try varying amount of A, keeping amounts of B and C and the tofal
volume constant., Vary B keeping A and C arl total volume constant.
Always mix B and C first before adding A to start the reaction.

Problems to study. 1. Determine the rate law. 2. Can you determine
temperature effect and activation energy in this system?

V. Rate of Invegsion of Sucrose
~ +
Sucrose + Hao -——H-——) glucose <+ fructose
All three sugars in the above equation are optically active.  The
rate at which sucrose 'inverts' into glucose and fructose can be followed

using a polarimeter., .
Build a polarimeter using polaroid sheets.

Problem to study. Determine the rate law for the igversion of 'sucrose.
Try starting with 5-20% sucrose solutions and 0.5 to 4M H solutions.

VI. Decomposition of Formic Acid
conc aasou

HCOOH —> H.0 + CO(gas)

2

Study rate of CO evolution as function of temperature. Drop
formic acid into 5-10 ml concentrated sulfuric acid.

VII. Iodination of Acetone |
(A spectrophotometer experiment) ; l
+ ) ‘
—E—» cmycoon,T + HI |

CH,COCH >

3 3 + I

2

Follow rate of consumption of iodine (in KI soln.) using optical
density at 347.5 nm wavelength. Reacting solution must be around 0,005M
in I, (0.05M in KI), 0.02 to O.5M in H and 0.01 to 0.2M in acetone.

Determine the rate law and value for rate constant.

ove
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RATE OF REACTION

(Teachers!'. Guide) ... ‘ ' |

O SR S S : : i
Most introductery syllabi incl.ude, YRate of reaction: effect of tempera-~-

ture, presswre, consenbration, catalyst." It is common to emphasize that an

increase in:temperature or'in concentration or pressure of reactant, or addition

of a catalyst leads to'an-increase in rate of reaction. Occasionally the phrase

"negative catalyst" is introdveed to cover those substances which lower apparent

vates but are not themselves consumed.. .Seldom are rates referred to outside the

small section of the course in which they are first discussed, and few, if any,
experiments are studied to investigate the generalizations and:their validity. -

If a range of expierimects were discusséd it would soon be discovered that -
none of the usual generalizations is completely correct.  There are many changes
which occur more ‘slowly at higher temperatwres:  Enzyme reactions are a good
example, There are many renctants for whom a change in pressure or a change in
concentration in solution has =no effect on the rate of reaction. HMany catalyzed
ges phase reactions and many aqueous sclution reactions have rates quite inde-
pendent of the concentrations of several of the reactants under ordinary condi-
tions. Furthermore. rnegative catalysts actually work by speeding up a competing
reaction and removing reactive intermediates necessary for the reaction being
discussed. 'They do nc* themselves slow dovn any reaction.

s

In our discussion we shall. present a model of molecular behavior which is
simple, yet whiclh interprets most-of the effects actually observed in-studying
rates of reaction. We shall dlso apply these ideas more widely than is custo-
mary and use them to-interpret:a wide range of chemical observations not usually
correlated with rate effects, ‘ o R

. A . .o
. e

This treatment of rate of reaction should not be Yiewed as an addition to
an already overcrowded curriculum in chemistry tut as a simple molecular model
which 1) makes the learning and correlation of chemical observations more-simple’
and 2) allows.the student.to .rétain and uss the ideas longer and in a wider con-

text than is common. -
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A. Importantgconcepts.

g o 8

.. Molecules sollide at rates proportional to their concentrations.

Rate of reaction is determined by collision rate, probable orientations
upon collision, and availability of activation energy.

Reactions proceed througi. ‘s, series of simple mechanistic steps of which .
one is usually slower than the others and so determines the overall
rate. Usually only two molecules collide in each step.

. Experimental determlnatlon of the effects of changing concentrations
~and temperaturea often lead to rate laws from which a probable me-
chanlsm can be deduced.

A catalyst increases a reaction rate by providing a new mechanism, one
in which the catalvst first reacts then is regenerated.

The factors found to control reaction rates in 51mp1e systems appear
to be 1dent1cal to those controlllng rates in complex systems.

et e S bt - et

B. Outline

Fast and slow reactions. Rates of different reactions obviously vary,
but the rate of any given reaction can alsc vary.

iy g W R A

Half-lives. Reactlons, in general, do not “go to completion" nor do o
they stop. It is, therefore, coumon to discuss rate of reaction in- -~ - °
terms of half-lives. (The half-life of a reaction is time required for 3
the concentration of a reactant to decremseto hait its original value. )v '

‘ How do reactions occur? Reactions can occur only if the reactants
collide in.a configuration favorable for forming the products, and

with enough cnergy to begin to break any old bonds which must dlsappear‘1“
-as new bonds form.. :

_Colllslon probability. The frequency of colllSIOR between reactant
.. molecules helps determine thelr rate of reaction and is itself pro--

portional to "' "' 7 the product of the concentrations of the
colliding molecules. -

Net equations and mechanistic steps. A net equation summarizes the
state of the system before reaction (the reactants) and after (the
products). It does not describe the process.of change. Each mechanis-

tic step describes a change which actually occurs as the original re-
actants convert to the products.

Concentration and rate. Often the experimental data show that the .
observed rate is related to the concentrations of one or more reactants,

The relation is called the rate law for the reaction and is often of
the form:

rate = k (A (B]

where A and B are reactant molecules,
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Order of a reaction. The power (exponent). of each.coricentration term in 2

.rate law (consisting only of products of ‘concentration terms) is called the
.-. order of reactiom:with respect to that concentration: The rate laws for

many reactions coritain a' simple product of concentration terms each of first

_or second order, In such cases, the sum of the exponents is called the or-

" “der ‘of ‘the reaction, -

10.

11,

12,

13.

18..

19.

“-Gaéeous hydrogen and sulfur dioxide pr0vide'd£ta.to check the above ideas.

Rate determining steps. Many reactions have simple rate equations and are

of first or second order. This is usually interpreted to mean that.the over-
all rate'is determined by a single slow mechanistic step ifivolving a 'colli-
sion'between the species whose concentrations appear in the rate equation.

All the'date . are consistent-with a slow step

volving a collision of hi,

- and.S0, molecules, folldwed by & set of faster steps. . . |

Aqueous peroxydisulfate and iodide ions give rate data consistent with a slow
step involving a collision between these two ions followed by slower steps.

Gaseous hydrogen and nitric oxide give rate data subject to at least two
different mechanistic interpretations. Arguments based on probable orienta-
tions during collision favor, but do not prove, one mechanism, ‘

First order reactions most commonly involve complex structures like radio-
active nuclei or polyatomic molecules in which the rate determining step is
the accumulation of energy from within the complex system itself into a
bond which then breaks.

Zero order reactants are those for' which a change in concentration has no
effect on the rate since they are not involved in the collision of the slow
rate determining step, but only in the fast mechanistic steps.

Concentration effects can be discovered only by experimentation, never from ?
the net equation, but they may be interpreted in terms of mechanisms made

up of simple steps. Each step involves a molecular collision (usually of on-

1y two molecules) and one step is usually slower than any others.

Reaction rate as a function of time decreases as reactions are consumed.

Catalysis is the phenomenon in which a rate increases upon addition of a

substance which is not used up, or consumed, in the reaction. The added

substance reacts and provides a new mechanism for the reaction but is re-
generated continually, hence is not used up.

Temperature and rate of reaction. A rise in temperature increases the rate
of every mechanistic step, mainly by increasing the fraction of molecular

collisions which are energeti: enough (have the activation energy) to begin
to break old bondsas new ones form,

Availability of activation energy is'correlated with the Maxwell Boltzmann
curve of energy distribution among gaseous molecules., Molecules of all

energies are available at all ordinary temperatures but the fraction of those
with high energy (well above average) is very sensitive to changes in tem-
perature. (The actual relationship is an exponential one.)

Orientation_effects are important in dete iélwhether a given collision,

even if between energetic molecules, can leaf to formation of product or will
merely result in rebounding of the molecules.

7 \‘
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Life processes and rates »f reaction are mt:.mtely related, since every
T Eﬁ system must undergo continual changes’ (food into energy and structure,
for example) in order to maintain itself. The ‘scame methods of measurement

and ideas apply to these systems as to those studied in test utubes.

Rates in large systems such as ma- h:.nes, factories, hving organs, indivi-
duals, and popﬁﬁfi ons can be described and correlated in the same frame-
work of favorable collisions with ample -energy to lead to change,

" Rate and egulllbrlum. The rate of every "forward" reaction decpeises with

-~ time as'the concentration of reactants (and likelihood of their collision)
"drops. Simultaneously the rate of the reverse reaction increases as the
““concentrations of the products rise. At some set of concentrations the two

_rates become identical and net change ceages.- Inthis equilibrium state

every possible reaction is still occun!lng, but each is balanced by its re-
verse 80 that the net change is zero, -

i

R

.......
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. EXPERTHENTS'

Many teachers find that groups of 2-L students are the most effective for
experimental work. The teacher must help make sure that each neqber of each
group is actively involved in performing the experiment. Otherwise one student
is ‘apt ‘only to read the ‘clock, another only to write down numbers, another only

‘o' ¢leéan glassware, or do some other job involving minimum contact with ‘the
“‘chemistry of the experiment. ° . =

.3 " The - ideal laboratory ggriod for most 12 year-olds is 40=-60 minutes, for
l7-yeaf¥blds'from'90-l2Q minutes, with a general increase between these two ages.
Longer periods tend to exceed the interest span, shorter periods to encourage
superficial work, Many teachers feel that a desirable division of the available
timer is: 510 minutes of prelab discussion, the experiment, 5 minutes for clean-
up and review of notes and calculations, 10-20 minutes of immediate postlab
discussion. = Further prelab and postlab discussions are desirable in many cases
to-‘insure adequate understanding of the problems being investigated and of the
experimental results obtained. Since some teachers will use these experiments

for lecture experiments we shall outline time requirements for each experiment
both for lab and class. . . - )

Prelab discussions ehould not discuss expected results or interpretations
of them. These points should be part of the postlab discussions. Prelab should
make sure the students understand: 1) the problem behind the experiment, 2) any
safety precautions, (none of the procedures.or stock or working solutions used
here is dangercus though the acids and base will attack skin and clothes-on.any
contact), 3) the location of any special equipment (though. this. is much better
done in writing on'the board or on a special instruction sheet). . .-.. o

.+ The experimental period, especially if it is short, will be much more -

“-effective if all necessary equipment and chemicals are.at the student!s: place of
work. Use of semi-micro equipment, dropper bottles for reagents, and wash

bottles for a water supply all simplify this problem,. .All observations and

measurements should be recdrded at once by the student, in the appropriate table.

Thereis ample space in the lab book for calculations and answering questions.

If the teacher wishes to use one set of lab manuals for more than one class he

may wish to issue separate report sheets to each student for each experiment.
Examples are given in this guide. .. . S T

The postlab discussion should concentrate on student results for ithe ex-
periment. It will often be desirable to tabulate the results for the whole class.
Eliminating the 10~20% which are most variant above and below thé meéan value will
get rid of gross blunders. This gives setsof duta covering about .one standard
deviation plus and minus. Since most students do each experiment only on~e, this

postlab.discussion will allow them to become familiar with: the experimental un-
certainties, with the necessity (and problem) of generalizing from such .dats, and
to evalyate their own WQrk with respect to that of their peers. Lt TR
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T ¥ Stocr: Solutn.ons

.:~‘
“

~"~Nhile 1t is- true that rates ci react:Lon are often affected by changlng
concentrations, it is also true thet these concentrations need ‘not be accurately
known :in order to perfOrm the .expe: ¢ ients here. One significant figure accuracy
(that is, about + 108 ) in making up solutions is quite adequate. Since all
students will work from the same stock solutions, their results will be directly
comparable even though the absoliite ‘values of the" concentrations are unknown.

. Thus one liter milk bottles, or other similar containers, are quite ‘adequate, .
"volumetric flasks® forliquids,and crude postal scales are sufficiently good:.
to weigh out the solids to the closest gram. Dilution, of HCL farismsuople, .
.can be done merely: by estimating the relative volumes by eye. Table-l. gives.
directions for making up one liter ~f each stock solution. It is recomnended»:
that this volume be made up and kept in stock for all solutions. except for 3M -
HC1, 0.1M NaOH-0, 5M N;giggg and 1M H,SO, -for each of. which flve v

1

liters is recoffimended, and-1% bro blue and‘el%l‘methylene blue for which
one tenth of a liter should be adequate.

2. . Obtaining Chemicals

All the chemicals listed in Table l may, of course, be obta.ined from .
chemical supply houses, Many of them may also be obtained, often more quickly
and more cheaply, from other sources. The best alternate sources are pharmc:.es
and hospitals plus. local research labs. They may have any or all of the chemi-
cals and are usually quite happy to help stock schools with small quantities,

In addition, the following special sources may be avallable.~ The- purity of. the_ir
material 1is quite, satisfactory for these experiments. ‘ ‘ '

. hydrochlorlc acn.d--plumbers , water treatment plans (called muriatic acid)

hydrogen peroxide---beauty rarlors and dye -shops (for’ bleachlng) v
" oxhlic ac1d--dry cleaners and laundries (rust spot remover) _
.. sodium hydroxide-—tandermsts, leather tanneries, water treatment plants

(called caustic soda; potassn.um hydroxlde is just as good)
.. sodium thn.osulfate--photographer ‘(¢éalled hypo).-

starch-general store, laundry . :
. ‘sulfuric acn.d--battery shop, petrol station. (called ba.ttery acid)

Practically all the experiments require water. Dlstllled wa.ter is. flne 1f
available but ordinary tap water is quite adequate. Even stream w,ter is satis-:
factory if it is clear enough to see through. The étudent can satisfy himself
that impuritieés in the water are not influencing his observations by performing

the experiment omitting one of the reactants (for example iodide in Expt.l), and
seeing the water alone does not give a reaction.

&
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3. Experimental Uncertainty

One of the potentially most uscful ideas a student -can explore in a sclence
course is the nature of oxperimental uncertainties. lormally these are lumpcd
with experimental errors. The term error should more uscfully be reserved for

_mistakes which can be rectified with the equipment at hand and should be applied
.- to blunders in mixing reagents, mistakes in reading measurements, and mathomti-

- cal errors in the calculations. All of these can be removed by careful students
who understand what they are doing. But there .remain sources.of uncertainty
which cannot be, removed.no matter how careful one is with the available equip-
mnto ¢ ’ . -

All measurements are subject to at lcast two sources of experimental un-
certainty: 1) the measuring dovices my be incorrectly calibrated, and 2) there
is always an uncertainty in reading any scale, ‘The first type of uncertainty is
. systematic in that it will always be in the same direction (plus or minus depend-
ing on the sign of the grror in the calibration.) This uncertainty for the _
student is, of course, due to an error on the part of someone else. Such cali-
~ bration errors can be detected by cureful recalibration of the equipment, but
this is seldom possible or worthwhile at the school level.

Uncertainty in reading measurements is inherent in all experimental work.
It is nom-systematic and leads to both positive and negative deviations from the
average. This uncertainty can be minimized by careful work but is impossible
to remove. These uncertainties are martly due to variations from individual to
individual as for example in the ability of their eyes to detect faint colors.
They are also due to the impossibility of reading any scale to an infinite num-

ber of significant figures. At some point it becomes impossible to say what the °
next figure would be, with any certainty. This range can be determined by experi-

mental observatiorf. Once the students learn to do this they become much more
aware of the nature and limitations of experimental observations. They begin to
understand the always limited validity of evidence. And they become more con-
fident in evaluating and interpreting their own experimental data. Time spent

discussing experimental uncertainties can be among the most effective periods in
a science course. R . _ -
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4, Guides to Exporiments | o S

Exporiment 1. The Use of Starch as an Indicator for Dotecting the’ Presonce’
of Iodino. ,

Preparation |
Check supply of stock solutions, Check starch solution for mold. Atmos-

pheric oxygen oxidizes aqueous lodide ions to iodine., A visible brow color
indicates a fresh KI solution should be prepared, .

Pmlnb

Starch consists of coiled spiral molecules whose core is just large enough
for an 12 molecule to fit in lengthwise. The resulting binding to the starch
Relix chiinges the electron structure of the I, enough that its color changes
from the red=brown found in aqueous solution To an intense deep blue. The ques-~

tion to be explored is "what concentration of iodine must be proaent ‘to give
a visible color?" . o

Should require no more tha.n 30 minutes if students have had lab experience.

60 minutes if not. As a lecture experimnt. 5-10 minutes is plenty. See Section
D for a posaible data sheet.

L mmmmie s s S EcmE

Anwer t.o gueation . ‘ S

 Concentration of potassium iodide solution = 0,6M;
Assuming each drop is 0,05 ml ‘

Then, when 1 drop is diluted to 100 m.o
Concentration of diluted solution = —‘92 x 0,64

S i. e. 3 x 107 M _
‘It 5 dropeptdiluted KI solution ;re .int.'eat, tube with at.ot.al. of 10 dréba.
‘Concentration of potassium iodide in tube '1%.* Ix 107 K
S . T g, 3/2.x 107 ¥

From the overall react.:lon, 5 molea of iodide, when react.ed with excess
1odat.e, produco 3 moles of iodine, . .

.-,

Concent.rat.:lon ot iod:lne = 2 2 x 10"‘!4

:l&e. c.pproxlmt.e.'ly 10"‘!1
Po b

Tabulate ches results of tube mnnbero first ahow:lng color, and concentra=
tions of the tube, Discuss experimental uncertainties, dilution technics, size
of drops, eye senbitivity, cleanliness. Discuss calculation of concentrations,
Compare concentration of lodine giving visible color to an aqueous solution and
to a starch suspension.

&3
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- Experiment 11. Reaction of Thiqsu}fapgllppswyigh Hydrochloric Acid.

.es
. - .
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Freggratio ' o .

Cheek stock solutions, A little sulfur (usuaily whito graixs) in the
bottom of the bottle will cause no problems. A great deal of precipitateiindicates
that niuch of the thiosulfate has been oxidized so a new stock solution should te
ﬂade up. e e e T

Frelap ~ . e o LT
Discuss first order (ratc = k(A] ) and sccond order (rate = k[A]?;)m_,,
reactions. Emphasize order cannot be obtained from examining net equation, but
only,from experimental data, Do not try to prove that the:two.shapes of the
- I8 03 ]‘vurbus (l/t) curVns are cOnsistent w1£h first and second order. lcave
thls for pbst lab oo O PR TR A

: DV e e e

P f. o P A A A7 ST PR TN . -’ ’ R
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Time required: lab, about 30-40 minutes; class, about 5-10 mlnutes.
Urge at least the best and fastest students to repeat some of their experipeiits
in order to determine their reproducibility and the nature and size of the ex-
perimental uncertainties. A,Rrincipal_one-is ghe time at which-a fixed amount
. of sulfur ‘s fbrmed' e - ; R G

ol e H REERY]

3
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s

. 5 v Tl ey e

Answer to ouestion If the solution is free of diseolved gases and not in con-
tact with air,thiosulphate does not undergo any changes. But:when COjy.or other
acid gases from the air is in contact with the solution the decomposStion starts.
CO, makes the solution slightly acidic and the reaction above:takes:place. Oxyzen
in“air will slowly convert' aguebus th1osulphate ions to: sulphate -ions and sulphur.

E—A—AN V : [ SNL I ES B 0o _l.
i ,'..'5 [ ST A . : ,
Post lab e - S L e

I 2% TS TR botaren T
. .

e i o Uk N L s i 4

Collect class data Oh'prder with respect to [ S 02 ], with respect to [H 1,
and values of k., Select best values. Discuss possigl mechan;sms, d?awing
structural fornulas to show orientation.required: ‘in-each” step."

As long as[ﬂzblbz ;}the -reaction’-dppears ‘to be"- ‘2d¥0" order m[H T and
first order in [S 0 ] Note this is actually the total thiosulfate concentra=-
tion. Thus 2 3

| rate k[s ]wt when [H']>{s,,0 ..] e e (Bos Wel)
RIS .1: - ..;,...\ b RLaRREL (4 M el
As [ ] [S the reaction becomes approx1mate1y first order 1n
H as vell R R R e
rate = k[H ][ ]t ot when [ +]-=' [s ]t o (Ean. II. 2) |

This change is prcsumably due to the fact that at h1gh LH ] all the" s ‘
thiosulfate is in the form of H S 0 whose concentration is independent. Qf H+]
but .equal to. the total:thioSulfate gresent The rate détééminthg step.is the
decomposition of. stépg' A N IEEENEN - e e e e
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820§- (aq) + H+(aq) ——) | Hb (aq)

. _ : > Practlcally all thlosulfate
H32°5 (aq) + i+ i H28203(aq) | *is in form of H28203 nq)

L arems e 8 -

H28203(aq) .slow, H2803(aq) + $(aq) Rate.determining:step

RO
O SR

n S(aq) fasty Sn(c)

H,5,0, H,50, S
?1 @ . ' — v"i‘ong; chains of‘ sulfur -at,'om'g ;
» =%
e g0y so2 ; Hgo !
The same mechanism holds if [H ] = [S tot but now [H2 2 3] aepends |
on ('] s0 the rate law of eq“ﬂtmn II. 2. aPPlles. Lo e

Note that the plot of [s "] against (1/t) must go through the origin, ...
if first order. et

Experiment II11., How to Fpllow.a Reaction’ i

Preparation TN

Check stock solutions. Aqueous iodide solutions are.oxidized to iodine by
dissolved oxygen espetially in the préSence of light. - So..aqueous lodide solut:.ons
should be made up only-a Week or so’ before .use. See preparation-gection of- - °
Expt. II for a similar discus=<ion ubhut fhlosulfat.e. Hydrogen .peroxide ‘also
slowly decomposes. - Bottles more than or’xe” ‘year old should be checked asto
usefulness, - .

Lt .
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Prelab

Discuss division of labor when two peépic work tbgether. Insist that roles

~be reversed:saometime. during experiment so cach person must have a chance to do

CVerythJ.ng. Suggest -students try to est:unate expemmental uncertamtles.

I_:_}pemment
Time required: lab about 30-40 minutes; class, about 10 minites,

Answer to gquestion

Dilution: 10 drops of 0. 6M potassium iodide made up to 1 ml

Assuning 1 drop is 0.05 ml, then 0 1

Initial Molarity of iodide in solution = 0.6 x ——2—1 5 X lO xF ~ 0,044
5 drops of 10M hydrogen peroxide made up to 25 ml

Initial molarity of hydrogen peroxide in solution = 2 X 0.0 x 10 X 2

25 7

Note that 1 out of 7 drops is iodide and H202 respectively,

=~ 0,01M

Post lab

Collect student results. Defer discussion of mechanism until Expt. IV
supplies more data. Discuss trends in concentration of each reactant durn.ng the
experiment. The concentrations of H 0 and I~ change by a factor of 7/16 as far
as dilution is concerned. Original voiume = 7 drops, final volume = 16 drops.
But thgy are also used up in each stage of the reaction. However, the few roles
of S 0 added each time shows that the changing concentration.of I” and H,0
due go reaction s small compared to the change caused by dilution. You wIlT be
able to estimate the total order of reaction (second) from the data, but will not
know the order with respect to either I°, i{202 or H (actually first, firs., zero).
Some students may note another possible H 0 I reaction _in the Introduction to
this lab manual: the catalytic decompos:xtgon of H,0, by J_. This catalyzed rate

is not ‘appreciable at the ac1d1ty used in this experiment. But, of course, both
reactions occur. " : : L

E__J_cgerlment 1V, Hoﬁ Reaction Spe_ed Depends on Initial Concentration.

Freparation °

Check stock solutions. See discussion in.Expt. III, Preparatiqx_y.og“;.‘-.“,.:__{'.-.i;_._..;ii.i
agueous H202 and KI. o

Prelab o

© Review the starch test for iodine (Expt. VI “In this experiment it is uaed '
to measire the time requiréd for a constant amo\mt of reaction to occur. Note.
that in these experiments @11 concentrations but ona are kept. constant...-In one.
set of experiments the initial concentration