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I. InTrRODUCTION

The history of the application of isotopic tracers to the study of inorganic
chemistry is marked by three distinet periods. Before 1934 only the heavy ele-
ments which had radioactive isotopes, for example, lead, bismuth, thallium, and
thorium, could be used to ‘‘trace’” the movement of atoms during reaction,
Simple experiments were involved and the utility of the methods was very
limited. The discovery of artificial radioactivity in 1934 (124) provided the
chemist with radioactive isotopes (or ‘radioisotopes’) of many of the more
familiar and useful lighter elements. Because of the low neutron fluxes attainable
at this time, only short-lived radioisotopes of low specific activity could normally
be produced. These included CI*® (¢ = 38 min.), Br8* (4.4 hr.), I'®® (25 min.),
S% (87 days), Mn®% (2.6 hr.), As™ (26 hr.), and P* (14 days). Moreover the diffi-
culties encountered in the accurate assay of the radioactive materials combined
with the unreliability of the detection instruments (usually electroscopes and
Geiger—Miiller tubes) severely limited their general use. While some very im-
portant experiments were performed, it is probably true that the research topic
was often planned around the isotope. It was fortunate that about this time
stable isotopes, notably H? (D) and O3, also became available for tracer investi-
tions. These isotopes were relatively easily analyzed and many quantitative
experiments were possible. Accordingly so much work was carried out with
deuterium that it was worthwhile holding a symposium in 1937 devoted entirely
to the chemistry of this isotope (57). Full reviews of the work of this period have
been given by Reitz (388) and by Seaborg (415).

Since 1945, the successful operation of nuclear reactors and the continued
development of particle accelerators has made possible the attainment of high
particle fluxes. Consequently radioisotopes, both short- and long-lived, of nearly
all the elements have become commercially available. This, coupled with the
production of reliable and sensitive detection equipment, has marked the be-
ginning of the third and most fruitful period. Earlier exploratory and qualitative
studies have now given way to quantitative and more detailed investigations.
The lack of suitable radioisotopes of the important elements nitrogen and oxygen
has been offset by the commercial availability of enriched stable isotopes of these
elements and of instruments for their accurate estimation (mass spectrom-
eters, ete.).

Only one textbook has been published in English which deals solely with the
applications of radioisotopes to chemical problems (464); it includes a compre-
hensive literature survey up to January, 1950, Its wide coverage precluded a
detailed discussion of any particular topic. A bibliography devoted to isotope
separation and isotope exchange and covering a good deal of the published work
between 1907 and 1953 is particularly useful (40). Other books have included
discussions of exchange and other tracer reactions in inorganic chemistry (114,
174, 279, 317). Haissinsky (209, 210), Edwards (149a), and Amphlett (15) have
discussed the subject of isotopic exchange reactions in recent reviews, and in



ISOTOPIC TRACERS IN INORGANIC CHEMISTRY 745

reviews dealing with the mechanism of complex-ion reactions (36, 445) the
application of isotopic investigations has been incidentally mentioned.

This review sets out to enumerate the value of tracers in (a) the study of
the mechanism of inorganic reactions and (b) the determination of the structure
of inorganic molecules. Particular stress will be placed on their unique value
and limitations. Because reviews have been recently published dealing with elec-
tron-transfer processes (15, 492) this important application of tracers will not be
dealt with specifically, but some examples from this field will be used to illustrate
principles involved. Although a few heterogeneous reactions and reactions in-
volving organic molecules may be used as examples to clarify points, the bulk
of the discussion will be concerned with homogeneous reactions involving inor-
ganic molecules. Dole (134) has dealt with the chemical applications of oxygen-18,
and only work subsequent to 1952 will be incorporated in the extensive tables
which form an important part of this review and which are believed to be com-
prehensive up to March 1957.

IT. IsoToric ExCHANGE REACTIONS

An exchange reaction occurs when atoms of a given element interchange
between two or more chemical forms of this element. The term ‘‘isotopic ex-
change reaction’ arises since such a process can only be detected by isotopic
labelling methods. A typical isotopic exchange may be described by the chemical
equation:

Fe(phen);®t + Fe**t = Fe*(phen);*t + Fe?t

This equation expresses the fact that when a solution containing Fe?t tagged
with radioactive iron atoms is mixed with a solution containing Fe(phen),t,
radioactive iron atoms will gradually disappear from the Fe?t species and
reappear in the Fe(phen);®* species. This net transfer continues until equal con-
centrations of radioactive iron atoms exist in the two species and a kinetic isotopic
equilibrium will be established. (A discussion of the possible mechanisms by
which such a transfer can occur will be given in later sections.) It is important
to realize that this continual transfer of iron atoms from one chemical species to
another will occur in the absence of tagged iron atoms; the latter are only intro-
duced as an analytical tool to detect and measure the rate of the process.

A knowledge of the rate at which isotopic exchange reactions proceed is ex-
tremely important in all tracer investigations. Thus if it is desired to study the
mechanism of decomposition of aqueous O®B-labelled hydrogen peroxide, the
rates of exchange of hydrogen peroxide with the product oxygen and of these
separately with solvent water must be known, and for the tracer method to be
worthwhile, these exchange rates should preferably be negligible compared to
the duration of the experiment. Frequently it may be possible to assume that
these exchanges between reactant and product are immeasurably slow, but any
such assumptions must be based on experimental studies on analogous exchange
systems, Therefore investigations of isotopic exchange reactions not only yield
important results in themselves but also form the basis of other tracer studies.
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A. KINETICS OF ISOTOPIC EXCHANGE REACTIONS
The general equation for an isotopic exchange reaction may be written
AX + BX* = AX* + BX

where * designates the distinguishable (radioactive or stable) isotope. The rate
of disappearance of the isotopic species from an initially labelled reactant (BX)
or the rate of appearance in an initially unlabelled reactant (AX) is described by
a first-order rate law. This law was first derived by McKay (325), but it is fair
to point out that earlier investigators had used equivalent, but less general,
forms of the first-order law in the exchange of iodide with organic iodides (247)
and of arsenious and arsenic acids in the presence of iodide ion (484). Subse-
quently it has been shown that this first-order exchange law will be applicable
irrespective of the actual exchange mechanism, the number of chemically equiva-
lent exchangeable groups, the reactant concentrations, any differences in isotopic
reaction rates, and the concentration of the labelling isotope, provided tracer
amounts are employed (218). (For radiotracer investigations, this last condition
1s amply fulfilled but for studies employing macro amounts of deuterium special
rate laws must be derived (77).!) Then, provided the reaction is conducted in a
stable homogeneous phase and the overall concentrations of AX and BX do not
change owing to net reaction or dilution, the rate R at which X atoms (both
labelled and unlabelled) interchange between AX and BX is
—2.303 ab

B=—r3 +b
@ and b signify the total concentrations (AX + AX*) and (BX + BX¥*), re-
spectively. Should AX or BX contain n equivalent exchangeable atoms or groups,
the effective concentrations will be n times the ordinary (molar) concentrations,
F, the fraction of exchange at time ¢, is given by:

logio (1 — I) (1)

l(v — Ty ~— w(L (2)

T — Xy

where z, for a particular molecular species, represents either specific activity for
a radiotracer or percentage isotopic abundance excess (i.e., above normal abun-
dance) for a stable tracer. If the exchange reaction is followed by measuring the
rate of appearance of activity in the initially unlabelled species (AX), then
2, is zero and equation 2 simplifies to:

F=2 (3)

(Norris (352) has set down a number of useful alternative expressions for the
fraction of exchange.) The infinite time value x_, substantially attained after

1 The kinetics of competitive exchange between three species have been recently de-
rived (496).
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six to eight exchange half-times have elapsed, is determined from the specific
activity of the initially labelled species BX by the material balance:

(a + bz, = b(zo)ax (4)

isotope effects being neglected for the present (see Section VII,C).

R can be determined from the slope of the logi, (1 — F) against time linear
plot or more conveniently by estimating the half-time of exchange, #, from this
plot (when F = 0.5) and substituting in the expression:

0693 ab
4 oa+b
The rate of an isotopic exchange reaction is most usually characterized by the
half-time and hence by R, which is the total number of exchanges (tracer and
nontracer) occurring in unit time and expressed in the concentration units of
AX and BX (normally moles per liter)., For a given set of reaction conditions
R will be a constant, However R is not a rate constant but is dependent on the
concentrations of AX and BX, this functional dependence being determined by
the detailed mechanism of the exchange process, e.g., in the simplest case of bi-
molecular second-order exchange

R = kJAX]BX]

R = (5)

where k, is the rate constant for the exchange reaction,

Since R is estimated from the slope of the semi-log plot of the rate of approach
to isotopic equilibrium, it is not essential to know the value of 2, at £ = 0. The
first experimental value of x; can be taken as the zero-time sample and the
reaction-time scale adjusted accordingly. Furthermore, Guggenheim’s modifica-
tion for first-order reactions is applicable and although this method has only
been used once (14) in a published exchange study, it has some advantages. An
experimental determination of the specific activity of AX (or BX) at infinite
time is avoided (and this might be difficult if marked decomposition occurred),
and once again a knowledge of the exact time of commencement of the exchange
is unnecessary. Ames and Willard (14) measured the rate of exchange of S%*Q.2~
with S;0;*~ and used the expression

R - 2303 [SO,"[8:0," ]
t [SO# T+ 5.0+

where ¢ represented a constant time interval (about two half-lives) and z the
specific activity of the S;0;*~ (initially inactive).

The experimental determination of an exchange rate can therefore be seen to
involve the following:

(a) Mizing AX and labelled BX: This is preferably performed by mixing
two inactive solutions of AX and BX, allowing them to settle to the required
temperature, and injecting a small amount of BX* of relatively high activity to
initiate the exchange.

(b) Separating AX and BX at various témes: Usually this includes at least one

]log (Trpe — 21) (6)
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early separation in addition to one when exchange has sensibly reached equi-
librium. A discussion of the various separation methods available and of their
relative advantages has been given by Amphlett (15). These include precipita-
tion, solvent extraction, ion-exchange, diffusion, and electrophoretic methods.
As to the question of the optimum times of exchange to use, Davidson and
Sullivan (128) have discussed this point. They assume that the errors involved
in measuring concentrations and time are usually small compared with the errors
in radioassay (both in the statistical counting and in the preparation of samples
for counting). Dealing more particularly with the simpler case where the rate
is measured by the decrease in activity of that component initially active (BX*
in the above equation), they find that the minimum error due to radioassay oceurs
at a time of reaction about ¢ = 1.4 & (for BX > AX) and about ¢t = 1.4t to
4 ¢ (for AX > BX). Jones (270) also considers the fractional error in R as a
function of the extent to which the reaction has proceeded and comes to similar
conclusions.

(¢) Measuring the specific activity (or enrichment) of the separated reactants
AX and BX: This involves standard analytical procedures (see Section III,B).
Allowance must be made for any natural decay of the radioisotope during the
counting operation. This may be accomplished either by making use of the
known half life of the isotope (285) or preferably, experimentally, by counting
samples at various times and from the constructed exponential curves reducing
all counting rates to a common time. With a few radioactive isotopes an isomeric
transition occurs between a parent and a daughter isotope (e.g., Br8*). In these
cases the separated samples should be left for at least six half-lives of the daughter
isotope in order for equilibrium to be attained before counting. It is possible
to measure exchange reactions involving two radioactive isotopes of the same
element. This naturally arises with the actinides which only exist as radioactive
isotopes. Thus the Np(V)-Np(VI) exchange was studied using Np?7" (o, 2.2 X 108
yr.) as the “normal” isotope and Np?* (8, 2.33 days) as the tracer isotope. The
amounts of Np** in each species could be determined by absorbing the Np”
alphas during the counting operation (109).

B. ASSIGNMENT OF RATE CONSTANTS

As in nontracer kinetic studies, the determination of the form of the rate
expression is of prime importance in indicating the probable mechanism of iso-
topic exchange reactions. The functional dependence of the exchange rate R
upon reactant concentrations may be deduced by the general methods available
in chemical kinetics (179, 288). Perhaps the simplest is to assume the rate ex-
pression to be of the general form:

R = k[AX]"|BX]" @

In the special case where it is possible to conduct the investigation at varying,
but equal, reactant concentrations (([AX] = [BX] = a), then for a first-order rate
expression ¢ (= In 2/2k) will be independent of concentration, for a second-
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order law ¢ (= In 2/2k,a) will be inversely proportional to the concentration,
and for the general rate law of the pth order (p = m +n + )

1

e —
. p—1
kpa

ts (8)
This approach was first suggested by Duffield and Calvin (142) in theexchange of
copper chelates with copper acetate in pyridine solution. In this case the observed
second-order law was then presumed to be first order in each exchanging species.
Alternatively, from measured values of R at various reactant concentrations,
the rate constant k, (equation 7) can be calculated directly on the basis of a
first, second - - + order rate law; constancy of %, then indicates the desired overall
rate law. This approach fails however when two concurrent exchange paths of
different order are operative; this circumstance frequently arises in exchange
reactions in aqueous solution.

A more general, and more satisfactory, method is to study in turn the de-
pendence of R on a single reactant concentration, the other concentrations being
maintained constant. Then a plot of log R versus log [AX] should be linear of
slope m, and similarly for the other reactant concentrations. Such an approach
was adequate for the thermal U(IV)-U(VI) exchange reaction (401) for which

Rase = 2.5 X 10°[U(IV)]U(VI)][HH]3

and even for the relatively complex Fe**—Fe(EDTA)~ exchange system (see
Section VI) when the rate expression includes three distinct terms (268). In the
latter case the three exchange paths were operative in different pH ranges and
the separation of rate terms was unambiguous. However, when more than one
concurrent exchange path is important, the rate R is not expressible by an equa-
tion of the form of equation 7 and fractional reaction orders are often found,
Thus the Br,-BrO;~ exchange was found (47) to be described by the law:

Rese = 0.023[Br,]°3[BrOs]*7[H+]'

Therefore in the interpretation of exchange data, it is preferable to plot first
R versus [AX] (at constant [BX] and vice versa); the shape of the curve will
immediately indicate the importance of possible concurrent exchange paths
and the probable dependence of R upon reactant concentrations. For example,
Rich and Taube (391) found for the AuCl,—CIl*~ exchange system that a plot of
R versus [Cl7] (at constant [AuCl—]) was linear with a positive intercept at
[CI7] = 0. The rate expression was therefore:

R = k[AuCL] + kfAuCL-][Cl]

and the two rate constants could be readily deduced from the slopes and inter-
cepts of the plot. This approach is also illustrated by the analysis of the data for
the Ce(III)-Ce(IV) exchange reaction (143). The evaluation of rate constants
by this method is more accurate than that from a log R versus log (concentra-
tion) plot. It will be appreciated that if one rate term were smaller than the main
rate term, then the former could be missed in a logarithmic plot.



750 D. R. STRANKS AND R, ¢. WILKINS

Having evaluated the rate expression, the normal procedure is then to postulate
an exchange mechanism consistent with the kinetics and chemical behavior of
the system. Harris and Stranks (220) have adopted an alternative, but completely
equivalent, approach in deducing the detailed first-order exchange law for a
postulated mechanism and fitting this law to the observed kinetic results. In
deducing rate constants, these authors have plotted 0.693/¢; (rather than R)
versus concentration. In the common circumstance for which B = Fkia] +
kola][b], then

0693 a+0
s ab

R = ]‘31 (g + 1) + /‘v'g((l + b) (9)

This method has no advantage over the previous method (R versus concentra-
tion) for determining the form of the rate law and in fact the law is not immedi-
ately apparent from such graphical plots. However, when significant isotope
effects oceur in the exchange reaction, these effects can be assigned to definite
steps in the exchange mechanism. The approach has been recently improved
(241) whereby the detailed exchange law for a postulated mechanism is calculated
in the form of equation 1 and R is plotted as a function of reactant concen-
trations.

C. COMPLICATIONS ACCOMPANYING EXCHANGE RLEACTIONS

Complications can arise from ‘‘zero-time’’ exchange or from a nonlinearity of
the log (1 — F) against time plot (the exchange curve).

1. Zero-time exchange

Although extrapolation of the exchange curve to zero time should lead to a
value of F = 0, it is often found that this is not the case. The explanation for
this may be simple. Systematic errors in the estimation of times could lead to
zero-time exchange (especially if the exchange is a fast one) (383, 417). Alterna-
tively the separation procedure may not lead to a complete separation. In some
cases, a zero-time exchange is observed which can be correlated with a definite
phenomenon. For example, although the electron-transfer reaction between
Hg(I) and Hg(II) in perchloric acid is known to be extremely fast (486), the
addition of cyanide ions to the Hg(II) before mixing with Hg(I) slows down the
electron-transfer rate appreciably, although a zero-time exchange is observed.
This zero-time exchange varies from 8 to 50 per cent as the [CN—]/[Hg(II)] ratio
decreases from 1.83 to 0.50. With these conditions, Hg*t, Hg(CN)*, and Hg(CN).
will be present in concentrations governed by the known disproportionation
constant (487) for the equilibrium:

Hg** 4+ Hg(CN), = 2Hg(CN)*

Isotopic exchange is immediate only for the uncomplexed Hg(II) present, since
the cyanide-complexed and the uncomplexed Hg(II) are not in labile equilibrium
and electron transfer between Hg(I) and Hg(II)-CN complexes is slow. The
amount of zero-time exchange can be exactly correlated with the (known) propor-
tion of uncomplexed Hg(II) present (486, 487).



ISOTOPIC TRACERS IN INORGANIC CHEMISTRY 751

Related to this cause is one arising from extreme differences in the exchange-
ability of the atoms within a molecule. The exchange of phosphorus pentachloride
with chlorine in carbon tetrachloride solution gives a straight-line exchange curve
which does not extrapolate to zero exchange at zero time. The amount of the
initial very rapid exchange can be shown to correspond in amount to three-fifths
of the chlorine of the phosphorus pentachloride. The three equatorial chlorine
atoms undergo then a very rapid exchange with chlorine, while the apical chlorine
atoms exchange at a slower measurable rate (140).

In the exchange studies of the ferric ethylenediaminetetraacetate complex,
Fe(EDTA)~, with labelled ferric perchlorate in acid solution, a small zero-time
exchange is observed. The partial dissociation of the ferric complex in acid will
lead to the production of inactive ferric ions:

Fe(EDTA)~ = Feit + EDTA+

The active ferric ions added will then be diluted by these inactive ferric ions.
Addition of hydroxyl ions (as the separation method) will precipitate, even af
zero time, ferric hydroxide of a lower specific activity than that initially added.
Since this decrease in activity is a measure of the amount of dissociated inactive
ferric ions (a variation of the isotopic dilution method), the extent of the zero-
time exchange can be related fairly easily with the dissociation constant of the
Fe(EDTA)~ complex (112, 268).

Zero-time exchange may be induced by the separation procedure (‘“‘separation-
induced” exchange). Prestwood and Wahl (385) have deduced that provided
this effect is reproducible at each exchange time, the slope of the exchange curve
will still be a true measure of the exchange rate. They illustrated this conclusion
by considering the T1(I)-TI(III) exchange. Depending on whether, in the separa-
tion procedure, TI(I) was precipitated as the bromide, chromate, or chloro-
platinite or TI(III) was precipitated as the hydroxide, 10 per cent, 5 per cent, 5
per cent, or 50 per cent zero-time exchanges, respectively, were observed. Never-
theless the slopes of the exchange curves were identical. Therefore, provided a
first-order law is obeyed, which means that the separation-induced or incomplete
separation effects are reproducible, an amount of zero-time exchange presents
no difficulties.

These small separation-induced exchanges are possibly due, in the case of the
TI(I)-TI(III) system at least, to the transient formation of labile species which
undergo partial exchange before actual precipitation is complete. The precipitant
for separation of thallous chromate includes a high concentration of cyanide ion
(to complex the TI*t) and it is significant that large amounts of cyanide ion do
catalyze the TI(I)-TI(III) exchange (372). Since chloride ion is also a very
effective catalyst, it would be informative to correlate the induced exchange
occurring on precipitation of bromide ion with a possible catalytic exchange
effect of bromide ion.

Unfortunately, definite examples are known where the separation method
induces complete exchange and, naturally, this is a much more serious matter.

The exchange of nickel perchlorate with both bis-N,N-di-n-propyl- and
bis-NV,N’-diisoamyldithiocarbamate nickel in acetone is extremely slow. The
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separation procedure used involves the addition of water to precipitate the
complex. If, instead of water, concentrated aqueous ammonia is added to facili-
tate this precipitation, then complete exchange is observed within the 5-min.
separation time. Apparently ammonia adds on to the nickel complex and in
weakening the binding increases the exchange lability (see Section VI). The
ammonia also affects the form of the Ni.d, converting it into Ni(NHj)2", One
of the earliest exchanges studied was that between plumbous and plumbic ace-
tates in glacial acetic acid (237). Complete exchange was observed after the
mixture had been heated for 10 min. at 80°C., water added, and lead dioxide
precipitated on boiling. Similar results were recently obtained by Evans, Huston,
and Norris (154), but they draw attention to the work of Zinth and Rauch
(491), who showed that the two lead atoms in the oxide Pb;0O;-3H,O are not
equivalent. When this oxide was dissolved in strong base to give a mixture of
plumbite and plumbate and the plumbate separated off as barium plumbate, no
exchange was observed.
HPb*O5~ + Pb0Oy> — Pb0; —25s Pb*0~ + PbO,t-

but when it was dissolved in acid with lead dioxide precipitating, complete
exchange occurred,

Pb;0O; 4+ 2H+ — Pb*0, + Pb*+ 4 H.0

so that a separation involving the precipitation of lead dioxide seems highly
likely to induce complete exchange. When a less drastic separation procedure
was used, such as allowing plumbic acetate to separate on cooling, no exchange
was observed (154), a result which is more easily understood chemically. Fava
has observed similar induced exchange during a study of Pb;O, (157).

The situation regarding separation-induced exchange appears thus: the de-
tection of complete exchange may arise from the separation procedure, especially
if this involves chemical precipitation, in the process of which transient (labile)
species may be produced, If more than one separation procedure is used (prefer-
ably involving a different type of method) with the same result, then this is
some evidence for the correctness of the result. If the separation procedure has
been used with similar inert molecules with no induced exchange, this also con-
stitutes good evidence for the separation procedure not being the cause of com-
plete exchange with the labile molecule,

2. Nonlinearity of exchange curve

A distinct curvature for the exchange plot might be expected under the follow-
ing conditions (47, 352):

(a) Nonequivalence of atoms in the molecule: If, as in the case of phosphorus
pentachloride mentioned above, there is a large difference in the rates of exchange
of the nonequivalent atoms no difficulties arise. If, however, the rates of the two
exchanges (considering fwo distinct types) had been comparable, then a log
(1 — F) versus time curve convex downwards would have been obtained. This
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might, under simplifying assumptions, be resolvable into the two linear first-order
exchange components (343).

(b) Chemical equilibria not established rapidly: One of the assumptions used
in the derivation of the first-order exchange law is that the exchange process is
unaccompanied by a net chemical reaction. In a study of the rate of exchange of
free carbonate ion and the complex ion [Co(NH;);CO;]t, if exchange were
initiated soon after the two reactants were mixed a curvature was obtained
for the exchange plot. If, however, a solution of the two inactive exchange re-
actants was allowed to stand until aquation equilibrium had been attained
(determined by separate experiments) and then exchange initiated, the semi-log
plot was then linear. “Aging’’ of the solution for longer times did not affect the
result (434). Luehr, Challenger, and Masters (311) have considered the case in
which BX* undergoes thermal exchange with AX simultaneously with chemical
conversion of BX to AX. If BX* is counted, then the rate expression is inde-
pendent of the amount of BX converted to AX and is identical with equation 1.
If AX is counted, it is necessary only to know how much BX has been converted
to AX at the time when each sample is taken for counting. The kinetics of the
conversion of BX to AX are immaterial. This has been illustrated for the T1(I)-
TI*(IIT) exchange system under the conditions of a chemical conversion of
TI(IIT) to TI(I). The rate constant so deduced (1.29 1. mole~! min.™!) agrees
well with that observed for the ordinary exchange system (1.22 1. mole™! min.™).

(¢) Catalytic effects: Lewis, Coryell, and Irvine (300) found that the ingress
of oxygen, even in amounts only enough to oxidize a small percentage of the
cobaltous complex, markedly catalyzed the Colen);**—Co(en)s*+ electron ex-
change. The effect disappeared within an hour or so and, provided the zero-time
exchange was small because of this effect, the later linear portion of the resultant
curve could be used to determine the true rate. The catalysis by oxygen was
explained by the formation of a metastable cobaltous oxygen complex [CoN;O,]*+
which exchanged more rapidly than did Co(en);?+(ColN¢)2t.

(d) Other possible causes of nonlinearity about which little further need be
added include heterogeneity of exchange (343a), tracer isotope in secular or
transient radioactive equilibrium with the parent (264), a case unlikely to be
met in practice, and radiation-induced exchange (47). An example of the latter
case arises during the radiation-induced O,-H,O exchange (221). Hydrogen
peroxide is an inhibitor but until it attains a concentration of 1033/ the exchange
is fast; after this, it is much slower.

When changing rates of exchange are encountered it is possible sometimes to
find the initial rate by extrapolating the exchange rates to early times. This
procedure was adopted, for example, by Brown and Ingold (71) in their in-
vestigation of the exchange of chlorine between chloride ion and cis[Co(en).Cl]*
in methanol. The exchange of the second chlorine atom overlaps that of the first
and the trans complex concurrently produced also has exchangeable chlorine,
Extrapolation of the specific rate constants obtained at various stages of exchange
to zero exchange gave the initial specific rate,

In the same way there was a continual loss of Cr(II) during the Cr(II)-CrCI*+
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electron-transfer exchange; Taube and King (448) extrapolated their observed
rate to zero time to correct for this effect.

D. IMPORTANT CONSIDERATIONS IN THE INTERPRETATION OF EXCHANGE DATA

Before any detailed kinetic exchange studies can be undertaken there are
several points which should be considered.

The nature and amount of the species likely to be present in the exchange
mixture should be known, This is especially important when complex ions are
involved in the study. Occasionally the conditions of the experiment can be
adjusted so that only the two exchanging reactants are present; otherwise a
knowledge of the stability constants governing the systems is essential in a
detailed interpretation of the mechanism. The following examples, all involving
electron-transfer processes, will illustrate this point. Hudis and Wahl (246)
investigated the effect of fluoride ion upon the rate of the iron(II)-iron(III)
exchange reaction in perchloric acid at 0.5 ionic strength. They measured the
specific rate constant, k&, defined by

R = k[Fe![Fe'!]

as a function of the fluoride-ion concentration. Since the formation constants of
the iron(IIT)-fluoride complexes had been measured at this ionic strength (131),
it was possible to correlate the variation of the specific rate constant with the
free fluoride-ion concentration in terms of the various possible electron-transfer
processes:

R(overall rate) = kFelf|[Feli] + k[FeFH][Fell] + IyFeF,'|[Feld]
+ lfs[Fer][Fe:g] + ]94[F9Ffz_]lFe§;r] (10)

In this way an intimate picture of the gross exchange process was obtained. Since
iron(I1)-fluoride complexes were considered not to form at the low fluoride con-
centrations used in most of the experiments (131) and in the acid concentrations
used the amount of Fe(OH)2t+ was negligible, these complex species were ignored
for the purposes of the interpretation of the results.

Rossotti (404) has also stressed the importance of a knowledge of the equi-
librium data in interpreting kinetic results by considering the exchange reaction
between monovalent and trivalent thallium, which had been previously examined
by two independent investigators (215, 385) with substantially the same experi-
mental results. At the time of these investigations, however, the hydrolysis of
trivalent thallium had not been quantitatively studied. With this information
now available (48) Rossotti was able to show that the only important
thallium(III) hydroxy complex present in the exchange solutions was T1(OH)**
and represented the overall exchange, R, in terms of two processes:

R = 0.154[TBH][Tlt] 4 1.22[TIOH*¥][T1*] (11)

Although the amount of TIOH?t present in the various acidities of the exchange
experiments never exceeded 10 per cent of the total TI(III) present and was
often much less, the higher specific rate constant for the electron transfer involv-
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ing this ion and TI* means that its contribution to the observed exchange is
substantial. Monovalent thallium was completely unhydrolyzed, and the different
interpretations of the two investigations (215, 385) arose mainly because of the
absence of the hydrolysis data. The importance of such data is therefore self-
evident, and although thallium(III) is hydrolyzed more readily than most
metallic ions, similar considerations will obviously apply to other metal-ion
electron-transfer processes.

Neumann and Brown (349) have simplified the apparent complexities of the
Sb(III)-Sb(V) electron-transfer process in hydrochloric acid solution. The data
can be interpreted if it is assumed that SbCls— is the Sb(V) species which ex-
changes with Sb(III). Previous difficulties apparently arose from the fact that
the rate of formation of SbCls—, rather than the electron-transfer process, is rate-
determining under certain conditions.

When exchange studies in nonaqueous solvents are undertaken, it is equally
important that the nature of the species present be considered. This point is well
brought out in the exchange studies of organic bromine compounds with metal
bromides (129, 153, 405); the results are equally pertinent, for example, to
exchange between inorganic halogen compounds and halides in nonaqueous
solvents, In the work of Evans and Sugden (153) the apparent bimolecular rate
constant, &', for the exchange reaction:

n-C.HoBr + Br* = n-C;Hy,Br* + Br-

in acetone was observed to increase with decreasing concentration of lithium
bromide. The latter is incompletely dissociated in acetone at the concentrations
used, and

R = K[CH,Br|[Br|] = k[C.H,Br][LiBr]a

—2.303 [CsH,Br][LiBr]
= g (1 — 12
i [C.LBr] + LBy %0 (1 = F) (12)
«, the degree of dissociation of lithium bromide, does not enter into the large
expression because as far as distribution of Br*~ is concerned it does not dis-

tinguish lithium bromide and bromide ion because these are in rapid equilibrium.
Then,

_ 2.303 1 log © 1 > _
t [C:HBr] + [LiB1] ° (1 —F)

If the apparent bimolecular rate constant %’ is therefore divided by «, to allow
for this effect, an appreciably constant & = L’/« is obtained, as shown in table 1
(153). Undissociated lithium bromide exchanges very slowly with n-butyl
bromide. No similar difficulties were encountered with the ethyl iodide exchange
with sodium iodide in methyl aleohol, since it can be shown that over the con-
centration range used in the study, sodium iodide is almost completely dissociated
in this solvent,

One of the assumptions made in the original derivation of the exchange law
is that no net reaction accompanies the exchange. However, it is quite possible

Fa

(13)
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TABLE 1

acetone solution (153)

104[CsHyBr] 104 LiBr] o 103%’ 10% /e = 10%
mole [.71 mole [.71 Lomole™t min."1 Lmole™ ! min. 1
440-470 0.504 0.925 3.93 4.3
440-470 1.28 0.848 3.99 4,7
440-430 2.49 0.77%4 3.13 4.0
440-450 4.38 0.696 3.48 5.0
440-470 22.7 0.457 2.22 4.9
440-470 ¥9.4 0.314 1.44 4.6
440-470 191.0 0.241 1.07 4.4

to obtain a first-order exchange law even when there is a net change (vide supra),
so that it is important to verify that such a change in the type of species is not
important. Otherwise the exchange behavior may apply to a species other than
the one intended. For example, during the exchange study of C“¥N— with the
complex ion Mn(CN)g#~ (10) it was noticed that, although initially the color of
the solution was orange-red, this faded to a pale yellow over 10 to 15 min. Ob-
viously such behavior could have seriously vitiated the interpretation of the
exchange results. It might be that it was the red form which was Mn(CN)*,
which then changed to an entirely different yellow species. If the complex was
dissolved in potassium cyanide solution and then potassium radiocyanide solu-
tion added immediately (red solution), the rate of exchange was similar to the
normal results obtained on the yellow solution by allowing this color to develop
before adding the potassium radiocyanide solution. This result, as well as sub-
sidiary investigations of the color change, strongly suggested that the yellow
solution does contain Mn(CN)g— and that the initial color is due to a slight
impurity which does not affect the results. On the other hand, the slow fading
in color of permanganate in strong acid (214) casts some doubts on the results
of the exchange between Mn?* and MnO,~ in this solvent (4). It may be that an
intermediate oxidation state and not MnO,~ is involved in the exchange; however,
a first-order exchange law is observed and the results obtained using two very
different separation procedures are somewhat similar (4, 214), so that until the
color change is understood, its importance cannot be fully assessed.

The drastic effect of small amounts of impurities on the reaction rates of
complex ions has been noticed in several exchange studies. Ordinary distilled
water induced some initial exchange of Cl- and AuCl,~ and the usual
log (1 — F)/time plot showed a distinct curvature. Redistilled water was used
therefore to investigate the uncatalyzed exchange (391). The observation made
in ordinary water led to a study of the induced exchange between these species
by reducing agents, especially Fe?* ion (392).

Rich and Taube (390) also found during the study of some exchange reactions
of ClI- and PtCl¢>~ that the spontaneous exchange rate for the complex
platinum(IV) ion derived from commercial H.PtCls- 6H2O was much less than
from prepared Na,PtCls-6H20O purified from rhodium, palladium, and iridium.
Since the exchange is inhibited by (for example) Fe(CN)s~ and IrClg?, it was



ISOTOPIC TRACERS IN INORGANIC CHEMISTRY 757

concluded that the commercial specimen contained iridium or other possible
inhibitors. Although in these two examples the anomalous results led to the
uncovering of important effects, such behavior could result in incorrect results or
interpretations if based on desultory experiments.

It is important that the chemical identity of the tracer used in an exchange
study is completely characterized. It is certainly unsafe to assume that a labelled
complex in tracer amounts will exist in the same chemical form as the added
carrier even if both tracer and carrier have been subjected to the same chemical
treatment. This is especially true of complex ions which undergo slow chemical
substitution reactions. Sloth and Garner (420) encountered a good deal of diffi-
culty because of this in their electron-transfer study of the IrClg—IrCls~ ex-
change. Reduction of commercial H,IrCls containing Ir'®? produced an Ir(III)
tracer, which was assumed to be H;IrCls and which was therefore used to initiate
exchange by addition to a mixture of inactive IrClg*~ and IrClg*~ ions. A slow
and somewhat erratic exchange behavior was observed. If the Ir(III) tracer was
then oxidized and reduced and the new Ir(III) tracer used in exchange studies,
once again a slow rate (different from before) with an initial rapid drop was
observed. Evidence was adduced that these tracers probably existed as Ir(III)
aquo complexes, which might be expected to undergo slow charge-transfer
reactions. Amongst others, a third tracer, unequivocally labelled as NaIrCls,
was prepared by neutron irradiation of iridium metal, converting the irradiated
material to solid Na,IrCls by heating a mixture of sodium chloride and the
former with chlorine at 600°C. At no time was an inactive iridium compound
added. The exchange reaction was rapid, using this material, as might be expected
for the two anionic species (492). This behavior undoubtedly arises from the
different reaction rates of carrier-free tracers and the different stability of inter-
mediates in processes involving tracers. Related to this is the observation (274)
that it is difficult to effect complete exchange between tracer amounts of fission
iodine and macro amounts of iodine or iodide.

E. INCIDENTAL APPLICATIONS TO REACTION KINETICS

A feature of isotopic exchange reactions is that the overall concentrations of
exchanging reactants do not change during the course of the exchange, which is
simply a redistribution of isotopes. Factors such as pH and ionic strength which
markedly influence the course of a reaction in solution also remain constant
(at least in the ideal case). Exchange reactions should therefore serve as very
useful systems for the testing of theories concerned with the influence of ionic
strength and dielectric constant upon reaction rates. In view of this important
advantage, it is rather surprising that so little work on these lines has been
performed. Several inorganic systems have been studied with regard to the
effects of ionic strength upon the exchange rate, but these effects have been used
to confirm mechanisms rather than to test theories (10, 268, 308, 430). In organic
systems the effect of the dielectric constant of the solvent on the rate of the
hydrogen iodide—butyl iodide exchange (238) and the effects of pressure on the
exchanges of n-propyl iodide and 7n-propyl bromide with alkali halides in ethanol
have been investigated (346).
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The rate of a photoinitiated exchange reaction can be used to determine
quantum yields in a simple manner, For the general exchange reaction

AX 4+ BX* = AX* 4 BX

i which exchange is initiated by light absorption by AX, the rate will
be given by:

R = ¢las = ¢loEda (14)

(at low AX concentrations) where E is the extinction coefficient of AX and d
the path length of the light. Combining equation 14 with equation 5, the exchange
rate law may be written:

0.693/t; = oI, Ed(a/b + 1) (15)

A study of the variation with intensity of the incident light of the exchange
half-time at known reactant concentrations will thus evaluate the primary
quantum yield, ¢. This principle has been used in the C*O-COCIl, exchange
system (435) to evaluate the primary quantum yield for the process:

COCL + w— COCI 4+ Cl

for which ¢ was found to be 1.00 at 2537 A. and 30°C. for both C'2 and C'"* mole-
cules. The homomolecular exchange:

0:° + 07° = 2010

is photosensitized by both chlorine and mercury vapor. The chlorine-initiated
reaction has a quantum yield of much less than unity (360), whereas the mercury-
sensitized reaction exhibits an overall quantum yield of 125 (267). Gazith and
Noyes (185) have adopted the converse approach in assuming the primary
quantum yield for iodine to deduce individual rate constants for the exchange
between iodine and benzyl iodide.

The principle enunciated above is also applicable to radiation-induced ex-
changes for the deduction of G values, i.e., the number of molecules transformed
per 100 e.v. of energy absorbed. The Ce(IIT)-Ce(IV) electron exchange is induced
by unfiltered 50-kvp x-rays and in 0.8 NV sulfuric acid the increased exchange rate
is completely accounted for by the rate of Ce(IV) reduction. The G values for
Ce(IV) reduction and for exchange are 3.28 and 3.2 ions/100 e.v., respectively
(94). Exchange between water and dissolved oxygen is induced both photo-
chemically and by Co® v-radiation and appropriate ¢ values have been calculated
(221). A kinetic study of the homomolecular H.—T; exchange revealed that the
exchange rate was proportional to the square root of the intensity of the absorbed
3-radiation from the tritium (136).

T11. FacTtors INFLUENCING THE CHOICE OF A TRACER ISOoTOPE

A. AVAILABILITY OF ISOTOPES

'The production of both radioactive and enriched stable isotopes has now ad-
vanced to the stage where the chemist may frequently choose from more than one
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isotope for use as a tracer element in an experiment. Generally speaking, the
technical assay problems are considerably reduced if a radioactive isotope of an
element is chosen. Moreover considerable dilution of a radioisotope can be
tolerated in experiments (e.g., 10° is common), but dilution of a stable isotope
is normally limited by the natural abundance of this isotope (e.g., deuterium or
O® cannot be diluted below their natural abundances of 0.016 per cent and
0.204 per cent, respectively). Nevertheless certain technical limitations, char-
acteristic of radioisotopes alone, can modify the chemist’s choice. The high
neutron flux available in a nuclear reactor permits the production of suitable
radioisotopes of many elements, most commonly by (n,y) reactions, e.g.,
Co*(n,y)Co%, although other reactions are important in several cases: e.g.,
N¥(n,p)CY4; S%2(n,p)P2; CI*¥(n,p)S%; Li*(n,a)H3. The product nuclide of (n,y)
reactions is necessarily isotopic with the target element and this, combined
with a low excitation cross-section or a long half-life of the product nuclide, may
vield a radioisotope in only low specific activity; e.g., the activation cross-
section for the Be®(n,y)Be! reaction is only 0.0085 barn, the Be!® product nuclide
having a half-life of 2.7 X 10° yr. When such low specific activity is only attain-
able, the chemist may have to use large amounts of active material to obtain
measurable disintegration rates, yet these concentrations inay be too high for
the desired experiment. This difficulty may sometimes be overcome, e.g., with
Fe*, by conducting the (n,y) reaction on electromagnetically enriched material
(Fe3’0s) or utilizing a Szilard-Chalmers reaction (the recoil product from po-
tassium ferrocyanide). A more serious objection is that neutron irradiation
may only yield an isotope of inconveniently short half life; e.g., Na? (14.8 hr.),
F# (12 sec.). In selected cases, cyclotron bombardment may then be favored:
e.g., Li'(d,n)Be’ (53 days); O¥(p,n)F® (112 min.); Mg*(d,a)Na? (2.6 yr.).
For further details the review by Garrison and Hamilton should be consulted
(184). Should both these production methods be unsuitable, several isotopes can
be conveniently derived from separated fission products; e.g., (Sr¥ 4+ Sr%) is
abundantly available from this source, whereas Sr® (reactor) and Sr® (cyclotron)
can only be produced in relatively low specific activities. Good accounts of the
production of radioisotopes are contained in the texts of Kamen (275) and White-
house and Putman (473),

Despite the general availability of radioisotopes of most elements, there still
remain some deficiencies, notably for nitrogen and oxygen. The cyclotron-
produced isotopes N and O% have half-lives of 10.1 and 2.1 min., respectively,
which render them well-nigh useless for normal experiments. (For convenience,
the half-life of the tracer should not be less than the duration of an experiment,
although decay over some four half-lives in that time can usually be tolerated.)
The choice of the enriched stable isotopes N and O is thus almost inevitable.
Helium, boron, neon, magnesium, and aluminum are other elements which do
not possess suitable radioisotopes or whose long-lived isotopes (e.g., Mg?) are
not yet generally available.

A further difficulty with radioisotopes arises when the energy of the emitted
radiation is particularly low (e.g., tritium with a maximum 3 energy of 0.018
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m.e.v. has a range of only 0.7 mg./cm.? in matter) and specialized assay tech-
niques, such as internal gas counting, become necessary. Deuterium is therefore
the normally preferred tracer for hydrogen, but even in this case recent simplified
techniques (87, 93) have rendered the task of counting tritium far less formidable
than is commonly assumed.

Two distinet advantages of stable isotopes should be indicated, Firstly, dupli-
cate assays of stable isotopic samples can be performed with present-day high-
resolution mass spectrometers to a standard deviation error of 0.1 per cent.
The assay of radioactive samples (especially solids) may be rapidly and con-
veniently performed to a standard deviation of 41 per cent, but further improved
precision to even ==0.5 per cent is difficult owing to irreproducibilities in sample
preparation and to the inherent statistical uncertainty occasioned by the random
nature of radioactive disintegrations. Secondly, the detection of the actual
position of a stable tracer atom in a labelled molecule may be deduced frequently
from the mass-spectral pattern obtained in the assay of the molecule, On the
other hand, the position of a radioactive atom in a molecule can only be deter-
mined by a series of degradative steps, which in themselves must not cause
isotopic exchange or rearrangements among the various positions in a molecule,
When employing mass-spectrometric analysis, care should be taken to assign
mass numbers correctly. For example, the alkaline oxidation of ammonium salts
to nitrogen by hypobromite gave lines at mass number 44 due to traces of nitrous
oxide formed during the reaction and at mass number 30 due to NOt formed
by ionization cleavage of nitrous oxide (396). The latter might be incorrectly
assigned to N3° and invalidate N experiments based on this reaction. A second
limitation in using stable isotopes is the need for greatly increased dispersion in
mass spectrometers when isotopes are used as tracers for elements of high atomic
weight.

B. ASSAY PROCEDURES

1. Radroactive 1sotopes

In this section only general principles will be outlined; further details are
readily available in standard texts (113, 174). In many radiotracer experiments
the active sample is isolated from a reaction mixture as a precipitate. The ac-
curacy of the subsequent assay largely depends upon the uniformity and re-
producibility with which this solid can be mounted on a suitable support (such
as a metal pan). The problem of sample mounting is especially serious for weak
G-emitting nuclides such as C* and 8% (Fn.x = 0.15 m.e.v.) but is less important
for higher-energy B-emitters (i.e., Fmax > 0.6 m.e,v., such as P* 1.7 m.e.v.) and
v-emitters. In general the solid may be dissolved in a suitable reagent and evapo-
rated in an assay pan (421), slurried in an inert solvent, and dried (91) or col-
lected in either a filter cup or on filter paper (233). The precipitate chosen for
the assay procedure must therefore be chemically and physically stable and
amenable to a suitable method of sample mounting. Thus C is frequently
assayed as barium carbonate, 8% as barium sulfate or benzidine sulfate, and P*
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as magnesium ammonium phosphate. The dried solid sample may then be posi-
tioned reproducibly under an end-window Geiger or scintillation counter (113)
or inserted in an internal gas-flow proportional counter (397). To assay duplicate
solid samples to a standard deviation of 1 per cent by this general method re-
quires a fair degree of manipulative skill. If the sample can be assayed as a liquid
in a skirted-wall Geiger counter, sample preparation and reproducibility are not
major problems. Geiger counting of liquids is only possible for strong 8-emitting
nuclides (Ewax > 0.5 m.e.v.) and y-emitting nuclides, but the liquid counting of
weak B-emitting nuclides (notably C'* and S®) in a gas-flow proportional counter
(413), in the presence of a suitable liquid scintillator (222) or in a plastic-scintilla-
tor dish (437), is now feasible. When a high detection efficiency is required or
when a weak B-emitter (e.g., tritium) is to be assayed, recourse must be normally
made to gas-phase counting. In such cases the possible chemical form of the
labelled gas is limited to those molecules which have suitable ionization character-
istics. Methane, butane, and acetylene are frequently favored for the assay of
both C* and H3, although less suitable gases such as H3O can be introduced at a
low pressure (87, 93) with a carrier gas used to operate the counter. Operation of a
gas counter in the proportional, rather than the Geiger, region is preferred, owing
to the higher stability and lower sensitivity to contaminant gases such as oxygen.
A scintillation gas counter, which is very insensitive to gas impurities, has been
recently described (437). Nevertheless from the manipulative viewpoint, all
gas-counting methods are more complex than liquid- and solid-counting methods,
which are to be preferred for most normal tracer experiments.

2. Stable isotopes

In principle it is possible to use the difference in any property of normal and
isotopically enriched molecules as the basis of an assay method for an enriched
stable isotope. This difference must be sufficiently large for convenient and
accurate measurement. Kirshenbaum (281) has discussed the detailed procedures,
difficulties, and relative merits of various assay methods for isotopic water, and
Dole (134) has subsequently indicated more recent refinements to experimental
techniques. The general principles enunciated are pertinent to all stable isotopes.
Mass spectrometry, density measurements, and absorption spectrometry now
appear to be the most favored analytical methods, although thermal conduectivity
(156) and refractometry (121) may also be employed. The mass spectrometer
represents the most versatile instrument in that most chemical samples can be
analyzed, although these samples must normally be converted into a suitable gas
either by direct decomposition (281), e.g.,

Zn + Ca0O + HDO =3¢,

CaZnO. + HD
or by equilibration (110), e.g.,

CO%¥® + H,0® = CO®0*® + .0
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the latter procedure requiring a knowledge of the relevant exchange equilibrium
constant (Section VII). Density measurements are normally restricted to the
analysis of isotopic water samples (D.0 and H,O®) and are frequently based on
the use of either a micropycnometer (186) or a quartz temperature float (297).
This method gives results almost comparable to those for a routine mass spec-
trometer used in analyzing water samples and the instrumentation required is
substantially less. Absorption-spectrometric methods (infrared, microwave, or
ultraviolet) can be applied to any molecule exhibiting a distinct spectral shift
on isotopic substitution. The method should be generally applicable to deuterium-
labelled compounds, all of which exhibit gross spectral shifts (e.g., D-substitution
in the boranes (278)) but can also be applied when the spectral shifts are much
smaller (e.g., N5 substitution in nitrogen (256)). This method is eminently
suitable for the assay of stable isotopes, since exchange or decomposition reac-
tions can be followed without removal of samples from the reaction mixture,
In all other assay methods for both stable and radioactive isotopes, samples
must normally be removed from the reaction mixture (but see 500); this is es-
pecially inconvenient for gasphase studies.

IV. Excaance REeacrions IN THE DEerecrioy or EQUILIBRIA

The observation of isotopic exchange between two chemical species can be used
to detect a chemical equilibrium involving these same species. The majority of
examples where this principle has been used involve immeasurably fast exchange
produced as evidence of the existence of rapid equilibria. Particularly is this the
case with nonaqueous solvent systems where tracers have been mainly used in an
attempt to detect the small amount of autoionization which is considered to
exist in many protonic and nonprotonic solvents (30).

A. SOLVENT SYSTEMS
The addition of either tagged NH,t or NH,; ions to liquid ammonia should
rapidly lead to labelling in the solvent via the rapid dissociative equilibrium:
QNH;; i NH4+ + NH'Z-—

and in fact a rapid exchange between added N*H,Cl and the solvent ammonia
has been observed even at —60°C. (357). Unfortunately, another interpretation
of this result is possible, since direct proton transfer will as easily explain the
rapid exchange:

N®#H,+ 4+ NHs = N¥H; + NHy*

Certainly, Ogg has shown from work with magnetic resonance spectra that the
latter reaction is very fast, as well as the relevant one,

NHzﬁ + NH;; - NH;, + NHzﬁ

with rate constants of the order of 10! mole™! ¢cm.? sec.™ (361a). Similarly, proton
transfer rather than self-ionization of acetic acid might easily account for the
rapid exchange of CH;C*OO~ with CH;COOH (154). With the oxygen-con-
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taining solvents (for example, sulfur dioxide) the situation is no better. The rapid
exchange of the “base” tetramethylammonium pyrosulfite, [(CH,;)y):S:0; with
8%0, is probably better explained (265) by a mechanism involving a direct oxide-
ion transfer:

8:0s2~ = S0~ 4 S0; 6]
S0z* + 8%0, = 80, + S%04* 2)

rather than by the alternative one, which supports the idea of autoionization in
sulfur dioxide (reaction 3):

8,05~ = 80~ + SO, 9]
28350), = 8302+ + 835032_ (3)

That the exchange takes place via equilibrium (1) alone is unlikely, since the
pyrosulfite ion has the structure

-
O\ /O'l
0—S—
RZRY
with nonequivalent sulfur atoms and only half of the pyrosulfite sulfur would
exchange with the sulfur of S#Q0,. The evidence for the mobility of oxide ions in
liquid sulfur dioxide is strong. The fast exchange of oxygen (344) and the very
slow exchange of sulfur (257) between sulfur dioxide and sulfur trioxide at room

temperature led Huston (257) to suggest a mechanism involving an oxide-ion
transfer:

80; + 80; &= S0* 4 804~ (or 80, + 280; = SO* 4+ S,0#7)

to account for these differences. A mechanism involving self-ionization of the
sulfur dioxide (344) would necessarily lead to exchange in both cases:

280, = SO+ 4+ SO
S0; + SO~ = 8,04~

Mechanisms involving oxide-ion transfer processes have also been postulated for
the observed catalysis by dissolved ionic halides of the thionyl bromide-sulfur
dioxide (235) and the thionyl chloride—sulfur dioxide (320) exchanges. For the
latter exchange, for example, a rate law

R = K[catalyst][thiony!] chloride][sulfur dioxide]
was observed and the mechanism suggested was:
S#0, 4+ Cl- — $%0,Cl— (fast)
S#0.Cl- + SOCL — 8¥0C]; + S0.Cl~ (slow)

An oxide-ion transfer could account for the rapid exchange of N0, with
N0, (108). An exchange result possibly free from objections of the kind out-
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lined above involves nitrosyl chloride. The rapid exchange of Cl*— with nitrosly
chloride has been adduced as definite evidence for the self-ionization of this sol-
vent (299). A nitrosonium-ion transfer mechanism seems much less likely, 1.e.,

Cl*- 4+ NOCl = CI*NO + CI-

Both chloride ion and nitrosyl chloride, which would be the participating species
in such a mechanism, are electron donors. Only kinetic studies of these very fast
exchanges and the accumulation of rate laws will possibly resolve these am-
biguities.

Does then the converse hold true that the absence of rapid exchange between
dissolved solute and solvent invalidates the idea of rapid self-ionization of the
solvent? Here again the results have to be treated with caution. The absence of
exchange of thionyl compounds with liquid sulfur dioxide (197, 265, 337) might
easily arise from incomplete ionization of the former, e.g., SOClL; = SOCIt + CI~
to produce a species (SOCI') which did not exchange with the solvent. The
negative result does mean, however, that both ionizations

280, = SO* 4- SOy~

and

SOCIL, = 80* + 2C1~

do not occur at the same time. Similar considerations apply to the slow exchange
of acetic anhydride and acetic acid (154) and possibly of aluminum chloride
and phosgene (258).

Exchange work in solvent systems is difficult experimentally. High-vacuum
apparatus is invariably used and care has to be taken that, as far as possible,
moisture is excluded. The purification of reactants and their preparation in an
anhydrous condition are essential. Neat devices have been described for the
addition of solute to solvent and for other manipulative techniques (e.g., 154).
Although the separations used (invariably distillation methods) very probably
preclude separation-induced exchange, separation times of less than several
minutes are not easily attained. A table showing the application of exchange
studies to solvent systems is given (table 2).

B. MISCELLANEOUS EQUILIBRIA

By the same kind of reasoning as in Section IV,A the absence of exchange
may indicate that a certain reaction is “irreversible’” and an upper limit may be
assigned to the equilibrium constant. The hydration of hypophosphoric acid is
known to lie well to the right, but a small amount of hypophosphoric acid, not
easily detected by analytical methods, may remain when equilibrium is attained:

H.:0 + H.P,0s == H;PO; 4+ H:PO,

The existence of a reversible equilibrium involving H,P,0s, H;PO;, and H;PO,
will necessarily lead to phosphorus exchange between H;PO; and H;PO, provided



TABLE 2

Ezchange in solvent systems

Solvent Solute(s) Temperature Exchange Rate Remarks Refercnces
°C.
COCl. AICLy 0 ty ~ 12-60 hr. Homogencous; nonphotochemical; addition (258)
of halide does not catalyze exchange (see
reference 235)
COCl: CaCly 25 <1% in 119 days Heterogeneous (258)
COCl: NaCl* 25 1% in 113 days Heterogeneous (258)
CII;COOH CH3C*O0ONa t3 <1 min. (134)
CILCOOH (CHsC*00):Pb {3 <1 min. (154)
CILCOOII (CH3C*00)4Pb t} <1 min. (154)
CILC*OOH (CII5C0)-0 25 £} ~ 10 hr. (154)
(CH;C0)0 CH3C*OONa Room temperature| Slow Hetcrogeneous (154)
(CII;CO):0 (CH;C*00):Pb Rooin temperature| £} ~ 1 min. (154)
(CILCO)0 CILC*00II 0 ty ~ 5 hr. (154)
(CH;C*0):0 CII;COC1 0 ty ~ 10 hr. (154)
NH, N*H,Cl —33, —60 t} < 2 min. (357)
N:04 (C113)«NN*O3 Complete exchange (108)
NOC1 (C2115)sNC1* —36 Complete within 3 min. Nonphoticlhiemical (299)
S*03 SO2 132 1.6% (624 hr.) (257)
$*02 S0s 132 None (72 hr.) (257)
S04 807 20 Moderately fast (344)
S*0q [(CII3)sN1:8:05 —21 {4 < 20 min. (265)
-75 Tast; 80% in 20 min.
S0 SOCl: 0 Negligible in 9 days (197)
$*02 $*0CL 61 1y ~ 2-6 yr. (265, 337)
5*0: SOBr: 25 ly ~1.9:£ 04 yr. (265)
3*02 S*OBrs, (CH3)«NBr —22 o0 25 R =250 X 10813200/ RT X [catalyst] Slight heterogeneous eatalysis; KC1, KBr, (235)
RbBr, RbC], and CsBr also ceatalyze
$8*02 S*0Cl., (CH3)sNCl1 0-25 R = 1.08 X 1071470/ BT % [(CH3):NCl] | IICI, aqueous IICl, and AlCl; very weak (320)
[SOCl} [S02]) catalysis; ineclianism suggested
S0q S*OCls, RbCl 0-25 R = 5.31 X 1014700/ BT % [RbC1} [SOCLe] | As for previous systein (320)
[80-}
S*0Cl: S0z, (CH3)sNC1 0-25 R = 511 X 10%-13.800/ BT % [(CH3)4NCl} | As for previous systein (320)
[SOC12] [SO2}
802 (C2115)sNS*O2 —70, —80 Complete exchange within 4 min. Ready dissociation of complex (234)
802 (C2H5)sNS*O:11:0 —70, —80 Complete excliange within 4 nin. Ready dissocintion of complex (234)
SOCl, (CH;3)4NC1* 0 C 80 min.f Also complete in SOq solvent (—20°) (501)
SOCL; SbCls 0 C 40 1nin. (501)
POClL; (CH3)4NCI* 25 C 105 win. (501)
Se0Cly KC1* 21 C 50 min. (501)
8e0OCL; FeCls 40 C 150 min. (501)

t The letter C preceding a listed tine indicates thiat 3> 95 per cent exchange occurred at the lowest concentrations and temperature conditions.
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that hypophosphoric acid has a symmetrical structure (331) but not if it possesses
an unsymmetrical one:

?H ?H
ks k2
H3P03 + H3P*O4 :—;———é O=].|) I|’*=O ? H3P04 + HsP*Oa
' OH OH
+H.0
O|H ?H
H;PO; + I;P*0, = O=I|’——O—II’*
OH OH
+H.0

Wilson (483) observed negligible exchange between H;PO; and H;P%20, in 26
days at 25°C. By placing an upper limit on the amount of exchange after this
time, 1t was possible to assign a maximum value for %, and hence for the equilib-
rium constant for the reaction (K = ki/k), since k; was known from independent
hydrolysis experiments. Thus K was estimated to be less than 8 X 10~° liter
mole™! at 25°C. in 5.6 N hydrochloric acid, assuming a syinmetrical structure
for hypophosphoric acid.

Owen and Johnson (367) have suggested that the slow exchange between
arsenic trichloride and chlorine in carbon tetrachloride constitutes good evi-
dence for the nonexistence of arsenic pentachloride, since rapid exchange would
have been expected from a reversible equilibrium:

AsCl; + ClL: = AsCl;

This argument presupposes that the formation of arsenic pentachloride in solu-
tion would be rapid, which seems reasonable in view of the rapid reaction between
phosphorus trichloride and chlorine. The exchange is markedly catalyzed by
traces of hydrogen chloride which seem always to be present and the observed
exchange is believed to occur via hydrogen chloride:

HCl + AsCl; = HAsCl,

with rapid HCI-Cl,; exchange also occurring (266).

From the results of such experiments as these, evidence for the probable
absence of a molecular species in solution may be deduced.

So far the discussion has centered mainly around rapid or very slow exchange.
The value of these studies has been seen to be somewhat limited. If, however, the
equilibrium is approached at a measurable rate, then it is possible to correlate
exchange rafes with equéilibrium data obtained by other means (i.e., forward
and reverse reaction rates and equilibrium constants). The ‘“‘classical” example
of this correlation is the study of exchange between labelled arsenic acid and
inactive arsenious acids in the presence of I;~ (484). This has been fully discussed
by Crompton (122).
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The results of exchange studies and the interpretation of the mechanism of
the nitrogen pentoxide decomposition constitute a more recent example of both
the detection of an equilibrium and its subsequent quantitative investigation.

Ogg (358) suggested that in the decomposition of nitrogen pentoxide the
initial step involved a rapid equilibrium lying well to the left:

N:0s :—I]:_‘;— NO. + NO; (rapid equilibrium) (1,2)

and that the subsequent stages were;
NO; + NO; - NO, + NO + 0 (slow) 3)
NO 4+ N:05 —%, 3NO, (rapid) (4)

This mechanism demanded that nitrogen pentoxide should exchange rapidly
with nitrogen dioxide via the fast equilibrium (1, 2) (either nitrogen compound
being tagged). Ogg (359) used the 10-min. N isotope to study the exchange of
nitrogen pentoxide with N'0; in carbon tetrachloride and found in agreement
with his ideas that using approximately 0.1 A/ exchange reactants the exchange
was fast (& ~ 2 min., 10°C.). The half-life of the decomposition of the nitrogen
pentoxide under similar conditions would be as much as 60 hr. This constituted
therefore the first experimental proof of the reversibility of the first step. The
procedure involved quenching the exchange (which at the same time separated
the exchanging species) by addition of alkali (N:0; — NO;—; NO; — NO;~ +
NO;) and following the decrease in activity of the NO:~ (counted as silver
nitrite) as a measure of the exchange. At the same time it was necessary to
confirm that the NO,——NO,~ exchange did not occur in solution during these
operations. The confirmation of step 1 in the gas phase (120, 362) was accom-
plished without the necessity of a separaiion by the elegant device of following the
change in infrared absorption of a mixture of N¥0, and normal N;O;, The ex-
change reaction:

N'0s + N30, = N°05 + NHO,

leads to a diminighing amount of N0, which could be directly followed by a fast
scanning spectrometer, using the very strong »; fundamental band of nitrogen
dioxide at 1621 em.~! The exchange rate R was shown to be approximately repre-
sented by the relationship:

R ~ 0.5 [N.:04] (16)

(at 27°C. and with 500 mm. of mercury partial pressure of carbon dioxide added
to improve the resolution of the N0, P branch). This is essentially in agreesment
with the value obtained from a study of the reaction N»,Os + NO — 3NO, (362),
which is also presumed to be governed by the N.O; bond-breaking stage (1).

I
N205 T NO2 + NO:{ <1; 2)

2

NO;, + NO P, 9NO, (ke > k)
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Amell and Daniels (13) investigated the kinetics of the N50s-N;05 exchange
in the gas phase. The exchange reaction was stopped at various times by adding
sodium hydroxide solution in the same way as for the work with N3 (359).
Sulfamic acid was added to destroy nitrite, and the nitrate remaining was con-
verted into nitrogen gas with sodium hypobromite. The N'/N ratio of the
nitrogen gas was measured.

If the exchange proceeds via equilibrium 1, then because k; < k. the rate of
exchange, R, will be given by

B = hkiN:0d = == oo + N0y 8 <1 x“> (7

z, and z,, representing the concentration of N in nitrogen pentoxide at times
¢t and at equilibrium. A full account of the calculations involved in determining
z,/x, from the experimental data is given by Amell and Daniels, whose paper
should be consulted for these useful details. The data obtained conform with the
value for k; = 6 X 10127199/ BT sec.”! and this is, once again, in fair agreement
with the rate constant and energy of activation obtained for the NO 4+ N.O;
reaction under comparable experimental conditions. The kinetics of the de-
composition of nitrogen pentoxide are fully discussed by Frost and Pearson (180).

The confirmation of the tautomeric equilibrium existing in an aqueous solution
of hypophosphorous acid (489) illustrates the importance of the isotopic exchange
approach.

The slow oxidation of hypophosphorous acid to phosphorous acid by various
oxidants, including the halogens (489), iodate (223), and iodine monochloride
(166), has been the subject of several investigations. The rate of oxidation is
independent of the concentration of oxidizing agent provided this is sufficiently
large. The results are best explained by the assumption of a slow, acid-catalyzed
change from a normal form of the acid [H:POs); to an “active”” form [H;POq)y1.
Virtually only the latter form (which is present in very small concentrations) is
oxidized, and when the oxidant concentration is high, the tautomeric change
(step 1) is the rate-determining step:

L

I
(H:PO], ?— (HsPOsix (1,2)
[H;PO:Jir 4+ oxidant LN H;PO; + reductant (3)

The irreversibility of step 3 is shown by the nonexchange of phosphorus be-
tween H;PO; and H;PO; even in the presence of iodine or iodide ion (67). Strong
evidence for the reality of the proposed tautomeric forms has been provided by
two independent studies of exchange between labelled water and hypophosphorous
acid (69, 262). In one case HTO was used and the rate of increase in radioactivity
of the dissolved acid determined (as precipitated thallous hypophosphite) (262).
In the other work (69) the rate of loss of the deuterium content of DO was
measured after contact with the acid. In both cases the rapid exchange of one
hydrogen of the H;PO; (in the hydroxyl group) was allowed for, and the exchange
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rate of the remaining two hydrogens was related quantitatively to the relevant
oxidation rate constant. Considering the results of Jenkins and Yost (262):
when hypophosphorous and oxonium acids only are present

R (exchange) = Ky[H*][HsPO,] + K O H,PO,J? (18)

and at 30°C. k' and k7°"°% are 3.3 = 0.15 and 2.9 =+ 0.14 liters mole~! hr.~!
Comparing these results with the study of the oxidation of hypophosphorous acid
by iodine (196)

R (oxidation) = ET[HH][H;PO.] + K02 [HPO,)? (19)
where at 30°C. kY and k7 "°? are 21 and 7.6 liters mole~! hr.”, the form of the
rate equation and the values of the rate constants (bearing in mind isotope

effects) are in good agreement with each other. The Russian workers (69) visu-
alized the mechanism for the tautomerism (and the exchange path) as:

H
| HO—P—OH*
HO—P=0{ 4+ H* = | + Ht
| H
H
[H;PO: 1 [H:PO:]n

For a detailed discussion of this and other exchanges of inorganic molecules the
reader is referred to an article by Brodskii (64).

In the ion H:POs~ exchange with D,0 is slower by a factor of 10-107 and an
analogous tautomerism is probably unimportant (69). The nonexchange of DO
with the one phosphorus-hydrogen bond of H;PO; (69) appears to rule out an
analogous mechanism involving a pretautomerisni of phosphorous acid which
had been suggested (330) for the much slower subsequent oxidation of ortho-
phosphorous to orthophosphoric acid. On the other hand, the rate of oxidation
in water of dialkyl phosphites, HPO(OR)., by excess iodine is independent of
the iodine concentration and is the same rate as with bromine oxidation (356).
The tautomerism, which has been proposed for this case also, should be checked
by tagged water exchanges.

An exchange study of the PH;-D,O system (471) has been used to assign an
acid and base constant to phosphine. The I0,~-I5*' system (111, 342) constitutes
a good example of the necessity of considering activity coefficients in assessing
rate data and has been fully discussed in a previous review (15).

V. ExcuanxgE REACTIONS AND MOLECULAR STRUCTURE

Exchange processes, which are usually carried out on nonreacting systems,
can give information as to the structure of the exchanging species, the inter-
mediates, and, in some cases, even the transition state. When diborane reacts
with ammonia at —120°C. a salt-like solid of composition BsHg 2NH; is ob-
tained. Burg (84) was able to show from deuterium-exchange studies that six
hydrogen atoms were different from the other six. He studied the exchange of
B;Hg-2NH; with nearly pure ND; at —78°C. and found that the ND; was
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“diluted” with ordinary hydrogeu to the extent of half of the hydrogens of the
boron compound. In another experiment he showed that no loss of deuterium
content of the NDj occurred in 60 hr. at 18°C. between BsH¢-2ND; and ND;
and that even heating the mixture at 40°C. (during which extensive ammonol-
ysis occurred) induced no exchange between B—H and N—D. These observa-
tions were in agreement with the favored structure NH,+(H:B-NH,-BH;)~ and
ruled out suggested alternatives such as (NHy)2+(B;Hy)?~, The deuterium
content of the separated ND; was measured by vapor tension against that of
known mixtures, using a differential tensiometer.

Another example of the different exchangeability of atoms within a molecule
is afforded by phosphorus pentachloride. The phosphorus pentachloride—chlorine
exchange in carbon tetrachloride (140) has been already referred to in Section II.
The “zero-time’’ exchange of three of the five chlorine atoms followed by slow
exchange of the remaining two constitutes unique evidence for the different
reactivity of the equatorial and apical chlorines of the phosphorus pentachloride
molecule, and also indicates a trigonal bipyramidal, rather than a tetragonal
pyramidal, structure for phosphorus pentachloride.

An exchaiige study that yields inforniation on the structure of the reactant
(and possibly on the transition state) is the S:0;*~—S0;*~ exchange thoroughly
examined by Ames and Willard (14). The exchange equilibrium corresponded to
exchange of only one sulfur atom (the outer) of the thiosulfate group:

8*03*~ 4 SS0#~ = S8*0:*~ + S0~

Since the rate £ (= k[SOz7] [S:0427] for most of the conditions studied) varied
little with a pH change from 12 to 5, it appeared that both SO;*~ and HSO;~
were equally able to collide with S:0;*~ anud effect the transfer of sulfur. The
species present in the solution under the conditions of the exchange were con-
sidered (including possible ion-pairs) and the suggested mechanism involved a
symmetrical activated complex:

| |
O——?* + S|S—O = O——S|* S ?—O = O—S|*S + ?——O
0 0 0 0] 0 O

It is perhaps worth digressing a little here to point out that the existence (on
paper) of a symmetrical transition state obviously does not mean that exchange
will necessarily occur between two exchanging species. The SOz2~/SO# ex-
change, which is formally similar to the SO2~/S:0:%~ system, is extremely slow
and possible reasons for this have been discussed (14). Whilst the exchange of
thiocyanate ion and cyanide ion through the synimetrical transition state
(NCSCN)2~ might appear possible at first sight, in fact no exchange occurs (8).

A good example of the observation of exchange and the formulation of the
activated complex comes from the Cr*t-catalyzed CrCl2+-Cl- exchange (448).
This exchange in perchloric acid is immeasurably slow in the absence of cata-
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lysts and does not arise from Cr**-catalyzed dissociation of CrCl**. From sonie
preliminary experiments at 0°C. a rate law

R = 31[Cr*][Cl7][CrCI*]
is indicated and the exchange path is considered to be via the equilibrium:
CrCl* + Cl- 4+ Cr** = CrClt + Cr

which lies well to the left. The reverse reaction is a known electron-transfer
process (449). Since the activated complex is readily accessible from CrCl*,
Cl=, and Cr?* ions, and the chromium-chlorine lik is preserved during the
process (from chloride tracer studies; see later), no juxtaposition of groups oceurs
during the process and the most reasonable formulation of the transition state
appears to be (448):

[Cr---Cl---Cr---CIP*

Some care has to be taken however in assigning molecular structure on the
basis of exchange experiments. The rapid exchange of NO and N1%Q, at —35°C.
was adduced (295) ax proof that N;O; had a symmetrical structure with an
oxygen bridge:

O\
; N ) )
NO 4+ NBO;, = N—O—NBE—(Q = NO:; + XN'50
rather than a direct N—N link:

0]
. ] AN
NO 4+ NBO, = NIE—NO
Ve
0]
It is, however, the structure of the activated complex that is suggested by these
experiments. N.O; in point of fact probably has the unsvmmetrical structure
(366).

Table 3 summarizes isotopic exchange investigations which have been con-
ducted on compounds of elements of Groups I to VII. Broadly speaking, the
findings of these investigations are similar to those deseribed in Sections IV and
V.

Key to table 3

Exchanging species. An asterisk denotes the labelled species used. When
both species were labelled and used in separate experiments, both are marked
with asterisks. The exchanging species are arranged according to the periodic
classification. Within a periodic group, the exchanging species are arranged in
order of increasing coniplexity. The species indicated are not necessarily those
existing under the conditions of the exchange (e.g., pH will govern the pre-
dominant form).

Exchange conditions: Coluinns 3 and 4 indicate the concentrations (in nor-



TABLE 3
Isotopic exchange reactions of compounds of elements of Groups I to VIT
Exchanging Species Exchange Conditions Exchange Rate Remarks References
Gronp I
I1» 13 42-52%, S7-47%, 643-737° K; diffusion of air into reaction vessel pre- | (56a)
vented; lower rates than previously re-
ported, E = 59.8 & 0.4; ratc accelcrated
hy oxygen traces (282a) and inhibited 1y
NO and propylene (426)
1f n; 50-400 mm. 46-133 nomn. Indnced by 8- 4-14 hr, K; chain process; variation with intensity | (136)
radintion of g-mdiation and total pressure investi-
gated
154 o~ — 0.12-0.88 30-240 min. (100°) | K; suggested mechanisimn: 1): + OII- — | (481)
D~ +DOH; HOH + D~ — 01" -+ HD
Hs NH:z — 104103 Liquid ammonia | 30-110 min. (—53°)! Analogous kinetics and mechanisii to those | (480)
given in 481
Naz(Pli-PO) Nat** — — Pyridine C 6 min. (35)
Group IT
Mg (HQ):1 Mg*2t ~30 min. Heterogencons 407)
Clilorophylls a Mg*Cl: 1.5 mg. 2.6 mg. Absolute ethanol | N 7 lir. (39, 406)
and b or 80% acetanc
Graup IIT
BBr; Br; Tiguid mixture Caniplete ex- (167)
change (59°)
BIL 11,0 1.5 Iixcess pIL12 N 17 hr. (187)
B.Ile-2NII3 NI} Liquid solution C 70 sce. (—80°) (84)
B.He- 2N NH; N 60 Lir. (18°) No cxchange of protons in dibornne during | (84)
substantial ammonolysis
B:Hs n; 0.025-0.006 (g.- 0.0086-0.042 | Cus 42-109 (85°) K; see 316 (322)
atoms IT per
liter)
B:Hs B.H} 2.4-19 em. 2.4-19 cu. Gas 7-20 min. (24°) K (322)
BaTle BiH, Rapid (253°) Postulated via Bll; dissociation fragments | (416)

t PhePO = tetraplhienylporphyrin. TIQH = hydroxyquinoline.
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Bs11 Be 13 Gas or liquid N (roomn tein- (416)
perature); C
(200°) Abgence of dissociation fragnents
Bsllg B! H, Gas or liquid N 100° (liguid)
N 250° (gas) (418)
ALY, H:0* 1.0 Excess 0.3-1.0 H* C 3 min. (254)
AL CI} HCI1* 7 X 1074 niole 6 X 107 inole ~150 min. Previous noncxcliange (394) due to traces of (56)
(solid) (gas) moisture in Al,Clg
Al:Cls HC1* 21 em. 16 cu. Gascous Cin <76 hr. (213) | N 12 Iir. (21°) (394)
AlBr; Br} AlBrs in liquid Coinplete ex- (167)
broine change
Al(oxalate)s3 Oxalate*? 0.03 0.01 pH 4.5-6.0 C 20 sec. 307)
Gall, H30 1.0 I'xcess 0.3-1.2 B+ C 2.5 min. (254)
T1CL~ Cl*- 0.025 0.05 plir 2 C 1 min. (391)
Group IV
CNO~ C*N- 0.05 0.05 pIT 10 N 43 hr. )
CSe S3 Excess 0.05 N 68 hr. (100°) C8:2 may be used as solvent in S* studies | (116)
CS: II:3* 0.1 0.004 Cells N 95 Lir. (120°) (137)
CCls HC1* 48 nnn. 10 . N 15 hr. (105)
Sil'g 111+ 0.17 0.017 pH 0.5-1.0 C 5 min. (25)
SiCls 11C1* 50 min1. 10 mm. N 60 nin. (105)
SiBry Brs SiBry in liquid N 6 hr. (100°) (167)
browmine
SiBry AlBr} Complcte ex- (167)
change (100°)
Sily 3 Xylenc 140 nin. (130°) C 60 min. (130°); melt; no solvent (345)
SnCl} HCI* 15-25 mnni. 5.5 mn1. Gas 100 sec. (or less) ~50%, induced cxchange; catalyzed by py- | (244)
rex or silica surface; inhibited by chlorine
SnCl} 11C1* 0.0004 0.015 Liquid ~40 sce. (—31°) Slow diffusion of HCI from gas into solution | (244)
involved
SnCl} HC1* 0.0004 0.0003 Solid Rapid (—78°) Surface layer probably exclianges very | (244)
rapidly; thien slower diffusion into bulk
SnBra Br} 0.4 0.04 CCl, C 2 min. (485, 127)
SnBry Br} SnBr. in liquid Complete ex- (167)
brominc change
Snl, 1 4 X 1076 106 CCls C 7 sec. (0°) (273)
Pbl, I*- C in time of pre- 97)
cipitation of
(NH,):Pbl,
Thi, 1.0 Excess 0.1 H¥ C 3 win. (254)

H20*
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FExchanging Species |

TABLE 3-—Continued

Exchange Conditions

NI ;0 1
i
H

NILNO, H;0 :

NH{¢ NO»

NH; N:H;

NO: I1.0*

NOs N; i

N*O5" NO»

NOy~ Ny

INO; ILO*

1INO; H0*

NI1:011-11C1 N,

N11:NO- 150
NazN:()2 I1.0*
NagN:0x H0*
N0 11.0*
NO N;O
N*Qq NO
N:0s NO
N2Os N*O.
N2Os N*O.
PH; H;0
PCis il
PCls { ICI*

Used NHaNO;,
(N114)2804, and
NH,C1

0.23 i
10 mm. i
|

0.05

0.0
46.8 wale ner cent
8.2 mole per cent

0.1

Total nressure

~2.5 em. {
0.1
0.0002
I
I
i
0.04 1

1 mn- !

Exchange Rate

Remarks

i 0.23

10 mam

0.05
0.0003

0.0G
8 .

Group V

34% wqueons
HNO:
0.01 ¥1*

pH 1-6
0.08-0.2 M 11C10,

0.003 1male
cent 1INO»
pll =7.3

1T

nll o 7
nit > v
Allsnli or veidd

CCL
Gas (~5 cin. totil
pressure)

pII 3.4-4.95
! pH 10.0-11.75
i CCL,

¢ Qaseons

1-10 min. ©0°)

~3 min. )

N 92 min.
C 5 sec.

:
:
!
:

N 15 day>
N 30 nuu.
N15 duys

4 Lir.
9 niin.
N1 day

C1hr 37

N 16 hr.

N

N 40 hr.

N (7507)

C 15 see. (—357)

C 5 min. (—118°)
~2 min. (10°)
~100 sce.

10-270 hr.
5-210 Lir.
. C 5 min.
i C 45 min.

References

Excliange rate retarded by acid added to
suppress N 4+ 1LO — N1l3 4 11:0*
suggested cxehango puth

Also N114* salts and C4lEO1I* in clloro-
form

3.3 & 2.677 exchiange, 92 min.

1< rate = 2.6 X 108 X [I1'RINOx|

I rate = 32[TINO.J2 (0°)

As cxpeeted; compare mpid exchange ro-
ported in reference 350

As expipeted; corpumy rapid exchange re-
ported in rcference 350
1<; marked rate inerease for HNO; > 40 wmole
per cut
Catnlysis by HNO: mnrked below [I1NO;]
40 mole 1ier cent
As expected; compare mid cxelmige re-
ported in refercnece 330

N:0 evolved; innctive
NOs and N:O svolve:l hut inactive

No exchange during decnmposition of N:O
Suggests that strueture of NoOs is syvimmet-

trieal (bnt see reference 3G6)
Ilcterogeneous; N20s solic]

K; k=6 X 1012 X ¢719.000/ B Tgee."1; enlianced
rate in presence of NO; increasc of pres-
sure (30 em. with COz) hadlittle cffect

1K B = 17.6; enhanced rate at higher acidi-
ties; neid and base eatalyzed

(68)

(2761

(326)
(123)
(16)
(83)
(271, 33l

(13, 359)
(271, 353)
(79)

(80)

376, 271)
(291)

(58)

(38)

(38)

(178)
(295)

(293)
(359)

47)

| (286)

| (105)

(13, 362, 120)
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PCly
I'Cly
PCls

POCl;
POCI,y

POCH1,
POCL
POCL
PBr:
AsCl3
AsBr;
AsBr;

Sb*Cls
SbBra

SbFs
Ag*Cls
Sb*Cls
AsCl;
II5P*02

1.P*0s~
H:POs~
H:POs~
HL,POs™

II;PO:
H;PO,
H.PO:~
H5POs
H;POs
IPros*
HsPO:

HPO,
HPOs?

PCls

Cl*
Cl*-

CI*
ol
el
Br;
HC1*
Bry
Br,

SbCls
Brs

11504
As*Brs
Sb*Bra
ClI*-
H;iPOs

H:POs~
HP*O2"
H:P*04"
;0

H;0
H.0*
H:0*
H;0
H:0*
H,0*
H;P*O.

HP*O4

% pP*Oa-

0.25
0.01-0.02

Excess POCls
0.007

0.007-0.024

12 mm.
0.03

0.02

Solution of AsBr;
in bromine

0.03-0.11

0.038 1nole
0.05 mole

0.05
0.1-1.9

0.061
0.02-0.04

0.005
0.007-0.04

9 mni.

0.04

0.04

0.005-0.067

0.039 mole

0.04 mole
1oxcess AsCla

0.05
0.1-1.0

0.3

0.4

CCL
C8e
CCL

CHCI;

Acctonitrile
CCL

CCLl

CCL

CCls
C8y

Liquil

Neutrul or acid

| 5.6 HC1

|7 2.8 NaOH

~1 hr.

~14 days

‘Three chlorine
atoins exchianged
rapidly;  then
75-170 1nin.

C 4 min. (18°)

40 min.

9-36 see. (—20°)

>20 days

N 30 min.

C 3 niin.

C 60 nin. (60°)

C 10 nin.

Coinplete exchange

5-30 days dark
(50°)

C 1 hr. (50°)

C' 10 min.

C 10 min. (132°)
C 10 min. (223°)
C 4 min. (18°)
N hours (70°%

N liours (30°) 1
N 24 hr. (100>
N 4 days (280°)
21 hr. (100%)

16 niin.

<10 min. (40°)
10 Lir. (1007)

N 45 Lr.

6.5 Lir. (63°)

N 10 Lir. (100%)
N 26 days

| N 1days (280%)
! N 24 Iir. (100°)

» 1131°03 all oxidized

K; exchiange of ajical chlorine atoms mark-
edly accclerated by HClL and maisture (cf.
286); no simpls rate law ohtained; prob-
ably nonheterogeneons

E = 17.6; bimoleenlar; t4 = 4 sec. (9°) in ni-

trobenzene
K; B = 13.5; bimolecular

K P probably homogeneons

Also complcte exchange in CClL and in ab-
sence of solvent (167)

Exclianged for 10 min. at 20°, then distilled
Exchanged for 10 inin. nt 100°, then distilled

No exchange in presence of Iz or I (of.
113A803/113A804 cxchange)

H21*02~ all oxidized to ILPOs~

Rate accelerated by acetic acid and 0.1
N NaOH (decomposition)

K: one OH~ cxchanged rupidly

K

K

Two OII- excliange rapidly

K

ILPOs + H0-» HsPOs + Hal'Oy; K >8]
X 1078 :

(140, 139)
(338)
(140, 139)

(298)
(298)

(298)
(140)
(105)
(286,
(105)
(485,
(167)

(34)
(336)

(399)
(339)
(339)
(298)
(67)

(67)

(374)

(259)

(69, 262, 151)

(69, 262, 151)
(70)
(70)
(69)
(70)
(70)
(483)

" $289)
© (483}
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Exchanging Species

H;PO,

1’047, OPO.r,
or ILI’O4
HoP*O4

TLP*04

H‘Zl)‘o '
ILP*04

(Nul’*O3)a

Hﬂ’; (02
l’; Ot
AsCl;
AsCl;
AsCly

AsOg~
H3As04
T13AsO4

As*O3
As*Ogp”
Bils

Bil~

As(S:03) 88
Sh(8203) 8~
Bi(S:03)s*

I.0*
H:0*

(IIPO3)s,
H.1:0:2

H2P2067
(NaPOs)s

(NaPOs)s

(I1P0s)n
ILP:0 ¢
HCI*
HIcCl

Clﬂ

Ag*O3t
113A8*0s
H3As*0s

AsSg-
AsSs8~
I*-

I*

As*(I11)
Sb*(I1T)
Bi*(III)

0.017
0.05
0.014

0.005

0.004
0.005
Liquid

0.02-0.20

0.1-0.4

TABLI 3—Continued

Exchange Conditions

0.01

0.008

0.05
0.03

0.03

0.m
0.003
10 .

0.03-0-11

0.1-0.14

Fxchange Rate

Remarks

Grourn V——Cuncludc(i

pH 2.0

pIl 2.0

pIl 1, 5 nud 10

Presence of 0.005
(Nal*()s)s

pllI 10

plI 23
pI 1, 5, and 10

CCL
CCl

1 NaO11

IIC1

0.1-0.24 11C1, 0.01-
0.1 KI, 0.1 NaCl

70 hir. (100°)
No exchange

N 2 in. (100°)

N 3 min. (100°),
pH 12

N 30 nin. (100°)

N 3 min. (100°),
pH 12

N (90°)

N 23 hir.

N 15 min. (100°)

N 1.5 min. (100°)
N (90°)

C 60 min. (60°)
C 6 min.

2-15 Lir.

N 3 hr. (100°)

N 3 Lir. (100°)
8 hr,

Fast

N 20 1nin.

C in time of pre-
cipitation of
NII,Bil4

C 5 min.

{3 few seconds (3°)

{3 few seconds (3°)

C few sceonds (17°)

Indientes Hal207 — 11103 + HiPO4; irre-
versible

Indicates 211105 + 11,0 — H4l>:05 and
11:1°:07 + H20 — 21I:1°04; both irrevers-
ible

Also N 25 Iir. (25°) nt n1I = 2; N 0.17
hir. (100°) at p11 = 3; indicates (Nal’OQy)e -~
(NuPO3)s — Nas’Os (praposed niecha-
nism af hydrolysis of (Nal’Os)s and ocenr-
ring during exeluage) isirreversible

K; eatalyzed markedly by 11C1 (prabably
nlwnys present and procluding thorongh
study)

1L; exehange tmnkes place exnetly through
H3As0s + I+ Hz0 LS FsAsOa + 31-
2H*

Faster than arsenic nnalog

References

(70)
(70)

(219)

(249)

(333)
(162)

(462)

(219)
(333)
(105)
(367)
(367)

(484)
(481)
(154)

(318)
(318)
(97)

(126)
(414)
(414)
(414)
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02
(023

Oq
[e23

(e

[¢]3

0ol

g
Sk
8:Cle

82Cl2
H.8*
8%
SCN~
ESCN
NIILSCN

SCN-
(SCN)2

Group VI

Hzo *
11,0*

HZO *

S* (element)
nrE+*

*
85

nci
802

802

C*N-

$* (element)
$* (clonent)

SQZA
KS*CN

20 cm.
2 cm.

5 mm.

20 .

Hydroxyl radieal
generated by
KOs

Excess

10 mm.

200 mm. Cl,

20 mm. N:20s

Excess

0.03

10 min,

~40.01

~0.005

Tn presence of O3
(15 en1.)

hy 2537 A. + nier-
enry vapor

Unfiltered
cury lanmip

mer-

0.04 T1C10,4
In presence of 1073
1102

pH 0.5-13.4

Vapor

Gaseans

Varicty of condi-
tions

CHCls

pH 0.5-14

Aleohol

Acctone

Slightly nlkaline
CClsacctane
CCle-accetic acid

N years
3 win.

4 days

Scveral honrs

N 5 days
109, exelmuge

~10%  exchange
in evolved oxy-
gou; rapid

C | hr. (90-100°)

N 45 min.

30 min. (U8°)

N 60 min. (60°)
N in appreciable
time before sul-
fur precipitates
Na excliange

N 160 Iir.
N 5 days
N 21 duys

N 2 duys (100°)
C, minutes

0; =0 + 02 0 + 0*0* - 00* + O*

Quantum yield 125 for mercury-scnsitized
reaction

Quantuin yield << 1; involves C10 and C10:
intermediates

K exchange faster than N2O;s pyrolysis; NO4
postulated as intermedinte

(Acconanicd by loss of Oznnd H:202)
Evidence for existence of OII ¢xchange car-
ricr:
10* 4+ Ol - O*H + II.0
O*1I + 03 -» 1100* 4 O,
IOO* + Os —» Ol + 00* + 02
Inhibited by ligh [NO3~] and low [O3] or
[H20:[
Independent of pH (Grotthus type meeln-
nism postulated)

S slowly dissolves

Postulated S5 == S¢ + S; (slow)
28:CLe 722 S:Cls + S
R = k[Ssl[S:CLl; ¢f. 115

N 180 win. (60°) with liquid S,Cle

Yellow solution formed containing S,0s;
inactive SOz emitted on warming

Precludes formation of NCSCN?™ as transi-
tion state

N 5 1ir. (115°) in isoamyl aleoliol-xylene mix-
ture (287)

Preparatien of SCN— irreversible: CN- -
8 — 8CN-

N 23 days (pH 13), (8)

(363, 267)
(363, 361)

(267)
(360)

(361)

(170, 171, 182)

(277)

(461)
(399)
(113)
(164)
(105)
(220)
(192)
®)
(26)
(26)

(230)
(75)
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TABLE 3—Con

tinued

Exchanging Species

Exchange Conditions

i Exchange Rate

!

)
i Remarks

Group— VI——Concluded

M

References

(SCN):
SCN-
S02
H:S*O4

82047

8,05

87032~
8,02

S:04

S*80s
S*0g2
HS*05™
S*0qer
S*0
SO

8+~
SO

S*04
S*0
S*04

S*04

KS*CN
8204~
8*03
SOz

Hs*

§*02

S04~
8102

8,0:

HOCH:S80:Na
82042
8306t
Szo 6
8:0¢
S* O

OOCCH: S8R0
82067

St

S2052~

82085

8106

Excess 97.20%

1180,

0.06
0.015
0.1
0.15
0.002

0.006
0.007

0.005~0.02

0.001

1.5 X 103

0.002
0.005
0.002

0.1N IIC1 or
alkali
0.002-0.02

0.001

7.7 X 1074

CCls-acetic acid,
acectic anhydride

1 NaOH

pll 5.0
pH6
pII 7-10

n=31456

1 N NaOH
pH ~ 71

plf7Y

Alkaline solntion
pIl 1, 7, and 10

Water ar concen-
trated aceticacid

Neutral or weakly
acid

Slow

N 26 hr.

N 17 hr. (200°),
slight 24 hr.
(335°)

~17.5 hr. (211°)

N room tempera-
ture; C 24 hr.
(100°)

10 1win. (89”)

N 75 min.
100 min. (50°)

Rapid

N 5 days

N 90 sec.

N 96 Lir.

No excliange

N 35 br. (1007

30-150 min.

N 26 hr. (25°)

N 36 hr. (100°)

N 7 days (room
teinperature)

N 12 Iir. (34°)

N 44 hr.

Large induced exchange

Slight, 15 hr. (280°) with water

Probably loniogeneous in liquid phase;
Egct ~ 22.0; rate >> SO2, 803 gas excliange
Suggested 82052 =28+ 8021 E ~ 15 (14)

K k= 2.3 X 10814500/ R T[S,0 2-][SO 42|

Slight chiange in rate or E from pfI 5-14

(N 44 hr.; pH 13)

K; pH independent rate 7-10; hoinogencous;
enhanced by bi- and trivalent cations at
constant ©

Supports the renction: 0,88 i 880 +
S*B0: T 05888*5042~ + 88032

C 10-20 see. (nH 1, 73
Second orders K ~ 10 keal.
K; data for otlier organic thiosulfates in-

clnded

8:087 = S04 4+ SO4 not impartant in
persulfate oxidation

(66)
(460, 461)
(351)

(460, 4G1)

(14, 460, 461)

(147, 116)
(163, 158)

(158)

(226)
(224)
(224)
(161)
(162, 161)
(460, 461)

(368)

(65)

(460, 4G1)
(395, 118)
(144)

(147, 146)
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¥[S04

ILO*

K; activation cnergy depends on [HaS04|

(498)

|
3-15f 16-49 § i 3 min. to 3 yr.
S02Cls HsS*0s | : ! : Pnrtial cxchange during hydrolysis of | (227)
| z, S0:Clz; not consistent with any of several
suggested niechanisms
H:Se*0y H:Se¢04 0.1 1.4 N 2 days (100°) N 14 days (68°) in presence of H2Oq, indicat- | (248)
ing that oxidation of H2SeQ3s by I1:02 docs
not involve Hz8e0 - H:SeO4 couple
8e0Cly Cl* G 55 min. (18%) (298)
SeBrt Br? | | O C1hr. (15% ; (3%)
Cr0+2 Cr*(II} : IZqual concentrations Neutral or pII ~ 3| N 2 hr, Notaffected by I (¢f. arsenite-arsenate) 341)
‘elo? I+ I C 5 min. (126)
Group VII
1 HF* 0.003-0.02 0.001-0.03 Gas 50 1nin. (194°) K; leterogencoas by metal fluoride nmietal | (3, 130, 399)
coating; N room tewmperature (130)
CIF; Fq 0.0004-0.016 0.008-0.036 Gas 19 min. to 4 lr. | K; part lieterogencous (nictal fluoride sur- | (2, 44)
(194°) face); liomogencous due to dissociation
CIFs = CIF + F;
BrF: I, 0.0005-0.005 0.006-0.035 Gus 30 min. to 2.5 Iir. | K; nainly licterogeneons via Br¥Fy-Fe com- | (2, 44)
(193°) plex
IF; F2 0.001-0.02 0.003-0.03 Gas 30-60 min. (194°) K part Lcterogencous (1aetal fluoride sur- | (2, 44)
face): homogencous IF7 == IF% + Iy
C1Fs HF* Liquid or gas C 10 min. All HYI-fluorohalide exchianges consistent
BrF, HF* Liquid or gas C 10 min. witli a meclianisin of the type:
BrF; HI™ Liquid or gas C 10 1win. HF + BrFs = BrFq* + IIF;~ (399)
IFs IIF* Liquid C 10 min. Probably not lLicterogencous in gas-phase
I¥; HF* Gas C 10 min. exclinnges
CIF; BrF; Liquid or gas C 10 min.
clLy HC1 0.0015 0.0085 CGns 16 hr. (Auaroear- | VPaster with pyrex surface and adsorbed | (266, 130)
bon surface) water (303); Pty = 40 min.)
Probably through
Cl; = CI* + Gl
Cl* 4 IIC1 == IICI* 4 C1
Cla C1*- <0.01 0.15 0.5 HsS04 4+ 0.06 | C < 1078 sec. Comnpetition of Clo~Cl- cxchange with fast | (310, 211, 452)
acetanilide clhilorination of acetanilide (knawn rate);
probably via Clz + ClI- 3= Cls~
Cla CI*O: 0.03 0.04 0.06 IIC1 N 66 win. (132)
Cl- Cl1*Os 0.1 0.04 0.05 HCIO, N 60 min. Also N 55 nin. (nH 7) (132)
C1*- C1*0s 0.03 0.02 0.03 HOCL; pH 6.2 | Slight, 67 wiin. Accompanying Cl0: — C10s~ reaction (132)
Cl; Cl03~ 0.015-0.025 0.75-1.0 2.0-4.5 Ha804 N 90 min. N 60 min. (93°, sealed tube, decomposition); | (447)
¢f. reference 302, which gives t§ = 90 min.
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Exchanging Specics

Cl1*
Cl*-
CI*Oe2
Cl10s™

C1*O2
ClOy
CI*O:
CI*Os

Cl104~
Brs

ClOs~
OC1*
GlO¢
Cl104

11,0*
HBr

Br-
Brom,
BrOs;~
BrO;~
11,0
HI*
1*-

*
lorg,

T atos

I (nyridine)*

1074
0.04

0.04

0.05

0.04

0.056

1.45

Eaqual pressures;
0.5-2.0 inu.

1.5

0.15-2.0

0.0024

0.02-0.80

0.15-2.0

1071077

5 X 1073
0.14

0.05
0.017
0.05
0.056

Fxcess
total pressure

0.8
0.15-2.0
0.082

Excess

0.15-2.0

TABLI 3—Concluded

Exchange Conditions

Exchange Rate

Remarks

Group VII-— C’ohcluded

Solids

pld~35
0.73 HaS04

pH ~7 or ~1

0.1 011~ (0.017 C1~
prescut)

0.05 T1C104 (0.05
ClOs™ preseut)

4.5 NC104~

Ias

Ethanol, ncctone,
ar glyceral
1.65 T1CIO,

Gas

Ethanal, rectans,
or glyeerol

Pyridine

N 60 win. (510°)
N 60 min. (510°)
~b sec.

No activity in
evolved  ClO:
nfter 20% chla-
rite decomposi-
tion (13 n+in)

N 43 win.

<5% 45 min.

N 43 aiin.

N2yr.

C 1 day

0.14 0.75 see. C 2
min. (CCly, 434)

C 1 min.

C 1 min. (—30°)

35 Lir.
N 8 duys (100°)

Fast
C 1 min.

C 1 min. (—30°)

C in  time of

mixing

Also ~6 sec. (0.5 TIC104)

2H* + ClO2~ + ClI*O5 — 11,0 + C1*Oy;
much less than acid disproportionation of
(109 — inactive ClOy; i.0., C10:~ + Cl05~
slow indicated by exclmnge (132)

T*hercfore 2C102 + I1,0 == 211+ 4 Cl10s~ +
Cl1057; not path for Cl0:-C102~ exclinnge
Probubly via C13, C10:~ or 11OC1*, C10:~

N 1 hr. (99°); N 19.5 hr. ut pll 1 or 13

8i02 woal inereases rate (£ ~ 0.06 sec.); Liet-
eragencons, ¢f. 130; nan-1*; nat radiation
indueed; irreproducitillity precludes Li-
ncties

Disagrees with reference 62 (who found slow
exchiange)
KX

K, E =142
Also fast in dry pentane

Disagrecs with reference 62

k o~ 8 X 1010 ml. mole! sec.”!; E = 2-3 keal.
indireetly from iodine/trans-cdiiadocthiylenc
e¢xchange

Ixchange independent of complex arganic
anion

References

(73, 60)
(73, 60)
(132)
(447)

(132)
(447)
(132)

(291)

(254)

(260,213, 62,
303, 301)

(204, 133, 167,
400)
(465)

(47, 302, 3%0)

(380)

(497)

(301)

(250, 272, 133,
231)

(163)

(355)

(281)
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Kls s

I
I*-

I*Os~
=
ICN
ICN
ICN

IC1
MnO4

MnO4

MnO,~

I*-

104
105~

105~
104

7

Mn*2+

Mn*2+

Mn*et

0.003
~0.1

0.22-1.0

0.030

0.002-0.016

0.0009-0.0013

0.1
0.14

0.001-0.002

0.030

0.007-0.001

0.0003-0.0006

Neutral

Sealed tubes (100~
300°)

0.001-0.002 IITIO:

0.5 IINO:

N HNO3;

Water, water-
dioxane

Acetone, alcoliol

Water, water-
dioxane

Ileptane

0.4 N HC1

1.5-3.0 M IICI10,

1.0-2.0 HNO,

(15 sec.

N 67 days (30°)
100 nin. (250°)

12 days
Slow

100-200 <lays (98°)
C min.
C min. %)

jC min. (—80°)
C min. (30°)

C min. 0°)
C 5 min. (187)
20 hr,

N 15 min.

8-16 hr.

Polyiadide solution formed hy shaking KI
solid with 17-12(aq)

K; E =32

K; 0.2 TICIO4; {4 ~ 30 <days
Rate deercases with decrensing acid; com-
paralle to 1057 -1z cauple

K; R= k[‘[‘[l]l 0 J[Mllz»[l Kl .ﬁ[M"(); ]oku.&}
inhibited by MnO: which preeipitates
under these conditions much later than as
given in reference 382

Preeindes 3Mn?t 4+ 2MuO4 — 5Mu(lV);
rapid; MnO: nrecipitated completely dur-
ing this time,

K; different sepuration from thnt given in
reference 4; some ngrecinent with rate
given in reference 4; colar elinnge during
exclhiange

(375)

(342, 380)
(490)

(342, 111, 230)
(119)

(119, 118)
(231)
(499)
(499)
(499)

(302)
)

(382)

(214)
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782 D. k. STRANKS AND R. G. WILKINS

malities or molarities for reactants in solution or millimeters of mercury pressure
for gaseous reactants) of the exchanging species listed in columns 1 and 2, re-
spectively. Column 5 refers to any other important condition(s) employed in
the experinient. Unless indicated in column 5, all experiments were performed
in water,

Ezxchange rate: The times listed i1 columil 6 denote the exchange half-times.
The letter N preceding a listed time signifies that < 5 per cent exchange oc-
curred at the highest concentrations and temperature conditions. The letter C
preceding a listed time indicates that > 95 per cent exchange occurred (usually
within the separation time) ut the lowest concentrations and temperature con-
ditions. When no quantitative information is available, the rate is denoted
simiply by “fast” or “slow”. All temperatures refer to 20-30°C., or room tem-
perature, unless otherwise specified.

Remarks: Included in this column is an indication that n kinetic study was
performed (K), that an activation energy for a simple mechanisni was obtained
(! = x keal./mole), or that the exchange was photosensitive (P).

References: When more than one reference is given, then the stated conditions
of the exchange refer to the first reference cited, and unless otherwise stated the
results of the other studies coufirm the general conclusious of the first.

VI. RATES AND MECHANISMS OF EXCHANGE oF COMI.EXES OF
THE T RANSITIONAL ELEMENTS

The coordination complexes of the transitional elenients represent compounds
in which the following factors, all of which influence the lability of molecules,
can be varied at will: the oxidation state of the central atom in otherwise identi-
cal molecules, the nueclear charge of the central nietal atoni in a series of analo-
gous molecules, the stereochemical configuration and bond hybridization in
complexes of the same element, and the number and electronegativity of groups
coordinated to a metal atom.

If a series of conipounds react by identical mechaiisms with a common re-
agent, then a measure of the boud labilities will be reflected in the relative values
for the respective rate constants. Such an assmnption is not without objections,
however, since the final equilibrium states for the various reaction systems will
probably differ and the more significant quantity for comparigon purposes is the
extent to which the equilibrium states are approached in a given time or the
“degrec of attainment’ of the reactions, as originally discussed by De Donder
(135). Thus a “labile” molecule may undergo reaction with a low rate constant
because of an unfavorable equilibrium position for that reaction. Taube (445)
has discussed this point in aun earlier review.

The measurement of the rate of isotopic exchange of a ligand bound i1 a
codrdination complex {and somewhat less favorably the corresponding rate for
the central metal atom) with its corresponding “free” entity in solution is uot
subject to this complicating factor. Since the heat of reaction for an isotopic
exchange is essentially zero, the free-energy change for the process, which will
always be negative, is derived directly from the entropy of isotopic mixing.
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The equilibrium state for an isotopic exchange is known to be always that cor-
responding to random distribution of the labelling isotope between the ex-
changing reactants (with perhaps slight allowance for isotope effects) and failure
to observe exchange is, for ligands at least, a direct indication of hiert chemical
bonds.

The processes of dissociation and solvolysis detectable by nontracer tech-
niques provide one type of reaction path by which isotopic exchange can occur.
The other important reaction path is that involving direct bimolecular collision
and replacement of (say) a ligand in a coordination complex by a labelled free
ligand in solution. Such a process is detectable only by the use of isotopic tracers
(“direct exchange path”); its rate and its contribution to the overall exchange
rate are of the greatest significance in estimating labilities.

It hag been possible to classify codrdination compounds as either “ionic” or
“covalent” depending on the state of electron pairing in1 the molecules as shown
by their measured magnetic momeits (369). While it is often tlie case that
“lonic”’ compounds undergo rapid exchange reactions, exaniples will be pre-
sented later of “ionic” complexes which exhibit relatively slow rates of exchange.
Conversely, several “covalent” complexes undergo fairly rapid exchange reac-
tions. Other cousiderations then besides the nature of the bonding are involved.
Tucreasing acceptance is now being given to the classification (85, 445) of bonds
as either “outer orbital” (e.g., 4S4P*4D?) i which, owing to the use of d orbitals
of higher principal quantum number, the number of unpaired electrons in the
compound is that in the free ion of the central metal atom, or “inner orbital”
(e.g.. 3D*4S4P?%), in which maximum electron pairing normally occurs with the
use of lower quantum number & orbitals. A classification of inner-orbital hexaco-
valent complexes into “labile’” and “inert” classes by virtue of available ¢ orbi-
tals (445) is extremely effective and for such complexes a prediction of exchange
rates is simple. However, it must be remenibered that while the magnetic moment
indicates the ground state of the coérdination complex it cannot indicate the
importance of any higher-energy states in a molecule. In complexes formed by
the codrdination of rather electronegative ligands, an outer-orbital paramagnetic
state may be only slightly above the diamagnetic state in euergy (445). Accord-
ingly, whilst a complex may exhibit a magnetic moment characteristic of “inner-
orbital” bonding, it may widergo isotopic exchange according to the properties
of the more polar, higher-energy state (see page 796). Such polarization effects
are well known in organic chemistry and are now appearing in inorganic chem-
istry as more quantitative exchange and other studies on codrdination com-
plexes are performed.

A. RELATIVI: ADVANTAGES OF METAL AND LIGAND EXCHANGE

In general, the rate of exchange of the metal atom will be complicated by the
interaction of the metal M with the complex MX, to form all possible inter-
mediate species, in concentrations determined by their relevant stability con-
stants. Such interactions frequently lead to practical difficulties in the separation
of the exchanging species and may be one of the hasic causes of the phenomenon
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of induced exchange. Furthermore, precipitation commonly occurs ou addition
of a metal ion to a nietal-complex anion, as Long (308) has observed for example
in the exchange of Ni*?+ with Ni(CX)&~. All that one can say about such studies
is that exchange is fast (or slow) compared with the rate of precipitation of that
salt, which often occurs in a fraction of a second. Metal-complex interaction
can also cause difficulties in the interpretation of exchange data. Wolfgang and
Dodson (487) studied the exchange of Hgli with HgCN+ and Hg(CN), by
allowing the equilibrium amounts of the three inactive species to form and then
injecting a highly active Hg** solution of extremely low concentration. By
separating the Hg** ion as the iodate, it was shown that the slow exchange
observed was that between Hg?+ and HgCN+ at low concentrations of mercuric
cyanide. At high concentration of mercuric cyanide, the disproportionation
reaction:

Hg* + Hg(CN), = HgCN* + HgCN+

provided an additional path for isotopic exchange and suitable allowance was
necessary. These difficulties do not arise when, owing to their relatively low
stability, the formation of intermediate complexes is unimportant and the
parent complex can exist with significant concentrations of the free metal ion:
e.g., Fe(phen)s#+ (407) and Ni(tetrameen),?* (476).2 A further exception arises
when the central atom is codrdinated with a single polydentate chelate: e.g.,
Fe(EDTA)~ (268) or chlorophyll (407). However, it will be appreciated that if
the aim of a research is to measure the lability of the M—X bond in a complex
MX,, then the probability that isotopic exchange will be observed for the central
atom M is considerably less than the corresponding probability of ligand ex-
change, requiring as it does the rupture of only one or two M-—X bonds for
mono- and bidentate ligands. It has been pointed out (72) that for some com-
plexes of Fe(Il), Fe(III), and Ni(II) the rates of metal and ligand exchange are
approximately equal. In such cases tlie first M—X bond rupture is probably a
slow bimolecular aquation which is followed by rapid heterolysis. However, this
concept is admitted (72) to be of limited applicability. Moreover Taube (445)
has described a kinetic scheme for which it is possible for ligand exchange to be
measurable whilst the metal exchange would be immeasurably slow. The study
of metal exchange in such an instance would give a false estimate of the lability
of the complex. On the other hand, rapid exchange of a metal ion with its cor-
responding entity bound in a complex is a definite indication of high lability
within the complex.

From the foregoing discussion it would appear that the study of ligand ex-
change in codrdination complexes has definite advantages over the corresponding
study of metal exchange. Nevertheless some difficulties are encountered when
ligand-exchange studies are performed on intermediate species of a thermo-
dynamic series. Whilst Hg*2* exchanges very slowly with mercuric cyanide,
C*N~ ion is observed to exchange very rapidly (9). This is due to the formation

2 phen = 1,10-phenanthroline; tetrameen = 2,3-dimethyl-2,3-diaminobutane; EDTA =
ethylenediaminetetraacetic acid.
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of Hg(CN);~ and Hg(CN)2-, containing equivalent cyanides, from which
evanide is “torn” by the separation procedure (addition of silver ion). Thus the
“exchange rate’’ observed is in reality the rate of formation of Hg(CN);~. There-
fore ligand exchanges should be conducted on the last thermodynamic member
of a series, e.g., MA¢™*, to avoid this complication. Metal-ion exchanges can be
carried out on the first member, e.g., MA™, which can usually exist with an
excess of M»*+ with the formation of negligible amounts of higher complexes.
If a suitable separation niethod is available, these experiments provide a con-
venient means of measuring the lability of MA»*, Another practical difficulty
arises in the actual preparation of suitably labelled ligands, but with increasing
availability of labelled starting materials, these difficulties are steadily disap-
pearing.

B. COMPLEXES OF COORDINATION NUMBER FOUR

1. Exchange of the central atom

Duffield and Calvin (142) performed one of the earliest (kinetic) isotope-
exchange studies on the exchange of a series of copper chelate compounds (mostly
salicylaldehyde derivatives) with copper acetate in pyridine solution. The gen-
eral reaction may be represented as:

Cu(I)Ke; + Cu*(II) = Cu*(I)Ke;, + Cu(II)

where Ke,; represents either two bidentate chelates or one quadridentate chelate.
Whilst copper salicylaldehyde itself exhibited complete exchange in 15 sec. (the
time of separation), other substituted salicylaldehyde—chelate complexes ex-
hibited longer half-times which, in the case of bis-(salicylaldehyde-ethylenediim-
ine)copper was several hours at room temperatures. Since the exchange half-time
of the latter complex was proportional to the reciprocal of the reactant concen-
tration (both reactants being of equal concentration), the exchange rate could
be described by a second-order rate law (Section II,B). Mechanisms based on a
dimer of the complex (for which ¢ « ¢*) or proceeding via Sy1 ionization and
recombination (for which ¢} is independent of ¢) could therefore be rejected. The
mechanism suggested was one involving direct bimolecular collision, with the
complexed copper atom being directly replaced by the “free” copper atom.
This process would require considerable energy of activation to effect simul-
taneous rupture of four metal-ligand bonds. It would seem highly likely that
the copper chelate complex becomes substantially modified on solution in pyri-
dine such that a coniplex with one or two codrdinated pyridine ligands is formed.
The resultant complex might be considerably more labile to substitution. If
such a process were operative, the observed lability would be that of the inter-
mediate solvated complex rather than that of the parent complex. A further
conclusion drawn from this work was that the higher the polarographic reduction
potential of the chelated complex (and hence the higher the stability of the
complex), the slower the rate of isotopic exchange. It now appears that any
general relation between exchange rate and thermodynamic stability isnot to be
expected, since the factor which principally determines exchange rates is the
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activation energy required to rupture the appropriate metal-ligand bonds,
which in turn is largely determined by the electronic structure of the chelated
metal atom. In the present series of copper complexes derived from very similar
chelating agents, the orders of increasing activation energies for substitution and
increasing thermodynamic stabilities are parallel. Such a circumstance cannot be
generally expected.

West (468) has conusidered the relation between bond type (as indicated by
magnetic moment measurements) and the exchange rate of cobalt(Il) complexes
of substituted salicylaldehyde bidentates with cobalt acetate in water and
pyridine solutions. Most of these complexes exhibit magnetic moments of about
4.5 Bohr magnetons, indicating three unpaired electrons in the Co(II) orbitals;
the corresponding “‘outer-orbital” bonds would be expected to be labile to
isotopic exchange. This was indeed observed, exchange being complete within the
separation time of 1 min, at 20°C. On the other hand, cobaltous phthalocyanine
does not exchange with cobaltous acetate in pyridine over many hours at 30°C.
This result is also consistent with the electronic state of tlie central cobalt atom
i the phthalocyanine complex, which possesses a bond moment corresponding
to dsp?, inner-orbital bonding. That this result is not due to the solvent is shown
by the equally negligible exchange with cobaltous sulfate of the water-soluble
ammonium cobaltous phthalocyaninetetrasulfonate. The Co(II) complex de-
rived from the quadridentate chelate N,N’-disalicylideie-ethylenediamine
exchanges ‘“instantaneously’” with cobaltous acetate in pyridine at 30°C. and
with reactant concentrations of 107234 in the abseiice of oxygen (470). Reducing
the reactant concentrations to 10~*M and the temperature to 15°C. enabled ex-
change half-times of the order of 20 min. to be measured. The salicylidene-
ethylenediamine cobalt(II) complex readily absorbs oxygen to form oxygenated
species (215a) and the exchange half-time thereby increases from 20 min. to
some 3 hr.

This example illustrates the point that many of the earlier exchange studies,
conducted at a single reactant concentration and teniperature and reported to
exhibit “instantaneous” exchange, could be profitably repeated under more
suitable conditions of lower concentrations and temperature and earlier separa-
tion times. Should kinetic studies be thereby possible, much more quantitative
information will be forthcoming as compared to the large amount of purely
qualitative observations which has accumulated at present. Indeed, subsequent
discussions will cite several kiuetic studies of exchange systems exhibiting half-
times of a minute or less. The supreme example is the elegait study by Sheppard
and Wahl (417) of the MnOy—/MnOg— electron exchange, whereby half-tinies
of 3-12 sec. were reproducibly measured.

Like the copper(Il) bidentate complexes, N ,N‘-disalicylidene-o-phenylenc-
diamine cobalt(Il) exhibits a second-order rate law for exchange with cobaltous
acetate. West (470) suggests an analogous bimolecular collision mechanism
between the complex and free cobalt, but the observed activation energy of
17 keal.,/mole (23 keal. for the copper complex) seems rather low for such a
mechanism hivolving a complex of considerable stability. Consideration should
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again be given to possible modification of the complex by codrdination of solvent
pyridine molecules.

Studies of the exchange of nickel with tetracotrdinated nickel complexes
(212, 263) reveal that significant modification of the bonding in such complexes
can occur in certain solvents (e.g., methyl cellosolve, pyridine). Whilst certain
solid diamagnetic nickel complexes exchange extremely slowly with nickel
chloride in methyl cellosolve at room temperature, other diamagnetic solid
complexes which dissolve in methyl cellosolve or pyridine with obvious modifi-
cation of the dsp? bonding to sp®d® by solvent codrdination, exchange readily.
Basolo and Matoush (38) have isolated crystalline compounds of hexacoérdinated
Ni(II) containing two molecules of solvent pyridine. Thus while bis-(V-methyl-
salicylaldimine)nickel forms such a paramagnetic compound and readily ex-
changes with nickel chloride in pyridine, bis-(salicylaldehyde-ethylenediimine)-
nickel remains tetracodrdinated in pyridine and does not exchange. The inertness
of this latter complex to isotopic exchange might appear puzzling when it is
recalled that copper acetate in heated pyridine will displace nickel from bis-
(salicylaldehyde-ethylenediimine)nickel (377). Apart from the fact that the cou-
ditions are somewhat niore drastic than in the case of the exchange studies, this
net replacement reaction must involve a large free-energy decrease in passing
froni a less stable to a very stable state; the much smaller free-energy chauge for
the exchange reaction arises only from the entropy of isotopic mixing.

It has been pointed out (28, 470) that whereas the order of increasing thermo-
dynamic stability of chelated complexes for the first transition series is Co <
Ni < Cu > Zn, with zinc complexes somewhat less stable than cobalt complexes,
this order is not maintained for studies of the rate of isotopic excliange (see
table 4). The apparently anomalous position of nickel was then attributed to
considerable solvation of nickel chloride inn pyridine. However, the relative
stabilities (and labilities) of the planar, tetrahedral, and octahedral configura-
tions of the complex, when solvation is possible, are probably additional factors
determining such an order. It should be reiterated that there is no a prior:
reason for a correlation between thermodynamic stability and exchange lability.

Long (308) has performed an interesting study of the exchange of nickel be-
tween pairs of nickel complexes. The exchanges Ni*¥(N H;), > -Ni(CN)2~ and
Ni*(en)s**-Ni(CN)g£~ exhibit half-times of less than 1 min. at 23°C., whereas
the systems Ni*(C:04)2-Ni(CN)s~ and Ni*(tartrate)—Ni(CN)2~ cxhibit
half-times of 3 hr. and 46 hr., respectively. Increase of ionic strength reduces the
exchange rate of the former two systems but increases the rate of the latter
systems. This presuniably indicates rate-determining steps involving oppositely

TABLE 4
Ezxchange rates of metal complexes of bis-salicylaldehyde-ethylenediimine
Metal......ooviiiinn., Cu Ni i Co | Zn
Concentration (M)....... 0.015 0.01 | 0.017 . 0.01
Exchange temperature...!| 25°C. Room : 30°C. 25°C.
Exchange rate........... 1 ty = 2.1 hr. None after 48 hr. I Complete in 6 min. | Complete in 0.5 min.

Reference................ i (142) (212) [€X10] | (28)
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charged ions and like-charged ions in the two types of systems. Long points out
that the exchange rate between oppositely charged complex ions is fast but is
slow for like-charged ions. This generalization is of course only applicable to a
series of complexes involving a metal atom in the same electronic state in each
complex,

That the electronic structure of the central nietal atom is not always the pre-
dominating factor determining exchange rates is shown by the immeasurably
slow exchange of the central atom with chlorophyll (39, 406), cupric pheophytin
(407), and zinc phthalocyanine (28). From a consideration of their available
bonding orbitals and the behavior of other complexes of the same metals, all these
compounds would be expected to be extremely labile, as found for instance with
the rapid exchange of magnesium ion and zine ion with the 8-hydroxyquinolate
complexes (28, 407). Undoubtedly the rupture of the four metal-nitrogen bonds
necessary for exchange to proceed is made difficult by the fused-ring structure of
these complexes. Indeed the ouly exception to the general rule of inertness of
these “fused-ring” compounds appears to be the disodium tetraphenylporphyrin
complex, which rapidly exchanges with sodium iodide in pyridiie (35). Owing to
their large size, the sodium atoms lie well outside the plane of the porphyrin ring,
thereby rendering them more susceptible to substitution and exchange reactions.

An examination of the work performed so far on the exchangeability of the
central atom in tetracosérdinated complexes reveals that a large fraction of these
studies has not provided the cheniist with entirely new data. It has however
confirmed already known ideas regarding the structure and lability of these
complexes and the importance of solvolytic equilibria in determining their
apparent lability.

2. Exchange of ligands

Several kinetic studies of ligand exchange have been reported, especially for
the square complexes of Pt(II) and Au(III), and some indications have now
emerged of the relative importance of the various mechanisms by which these
exchanges can proceed. Therefore the results obtained from these studies appear
to have much more relevance to the quantitative estimation of bond labilities
than those studies concerned with the exchange of the ceintral atom.

Grinberg and Nikolskaya (202) have studied the exchange rates of a series of
Pt(II) complexes:

(PtXy)r + X* = (PtXH) + X~

where X is CN, I, Br, or Cl. The order of increasing exchange rate (i.e., de-
creasing half-time) appeared to be opposite to the order of increasing thermo-
dynamic stability of the complex anions (202) (see table 5). However, it is not
known if these four exchange systems even proceed by the same mechanism
and what relative contribution aquation makes to the observed exchange rate in
each case. Therefore these figures, as such, cannot be taken as a direct quanti-
tative measure of the labilities of the respective metal-ligand bonds.

A more detailed kinetic study (203) of the (PtBry)?—Br*- system revealed
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that the rate is approxinately first order in complex concentration but inde-
pendent of the bromide-ion concentration. This observation is consistent with
either of two niechanisms in aqueous golution:

(a) Rate-deterniining Sx! dissociation:

sl
(PtBry* _‘fo:w (PtBry)~ + Br-
ast

fast
(PtBr;)~ + Br* ———= (PtBr;Br¥)-
slow
(b) Rate-determining Syx2 aquation followed by rapid “anation” of the inter-
mediate aquo complex:
slow

(PtBry)* + H, 0 —— (PtBr;H.0)- 4+ Br-

fast

(PtBr;H:0)- 4+ Br*- ——H?t_ (PtBr;Br*)>- 4 H,0
slow

However, when the K;PtBrs was allowed to “‘age” in aqueous solution before
being mixed with the labelled potassium bromide solution, the exchange rate
increased with the “age’” of the solution. This “aging” represents the gradual
establishment of the equilibrium concentration of the intermediate aquo com-
plex; mechanism (b) is therefore favored. The observed exchange rate of PtBrs~
with bromide ion thus represents the rate of aquation of the former ion and not,
as might have been inferred in the absence of a kinetic study, the rate of direct
Br—ligand exchange. Indeed, as will transpire in subsequent discussions, there
are very few unambiguous and authentic examples of direct ligand exchange of
transition metal complexes in aqueous solution. This is due to the relatively high
nucleophilic character, i.e., complexing power, of the solvent water molecules.
Kinetic exchange studies of aqueous systems normally reveal either partial, or
sometimes complete, aquation superimposed on the rate of any direct ligand ex-
change. The rate constant for aquation (and the observed overall exchange rate)
will however give some indication of the magnitude of the bond lability.

An example of these considerations is provided by the very thorough study of
the PtCl2——Cl*= exchange system performed by Grantham, Elleman, and
Martin (195). All the experiments to be described were performed in the dark

TABLE 5
Exchange rates of PtX > ions
X- ‘ Concentration of Complex “ 73
’. M i minules
ON". e | 0.087 ' 1
I f 0.103 ! 5
Br.o.ooo ] 0.05 i 8
Cl ‘ 0.072 | 280
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because of the photosensitivity of this exchange system; such effects are dis-
cussed in Section VI F. The PtClé#~ ion undergoes reversible aquation:

I
PtCls- +  HL0 ::}:‘." PtCLHLO~ + (-

the rate texm for the forward reaction being ki[PtClg | and that for the reverse
being k.[PtCLH,O-}[Cl-]. The PtCL;H.O~ ion, as a weak acid, can be readily
titrated with sodium hydroxide, and from a potentiometric titration curve the
equilibrium constant for aquation was determined to be 0.018 niole/1. at 25°C.
The reversible aquation of the ’tCl# ion, the rate of which could be readily
measured, provides one possible path for the exchange of free chloride ion. The
authors found that the rate of chloride exchange iu freshly prepared K,PtCl,
solutions of high chloride coutent (i.ce., with PtCl;H,O initially absent) could be
accounted for (to within 10 per ceut) by the assumption that aquation was the
sole mechanism for exchange; e.g., for reactant concentrations of 0.017 (complex)
and 0.27 (chloride) at 25°C. thie observed exchange half-tinie was 15.3 hr., whilst
that caleulated from the previously measured rate of aquation was 16.8 hr. Hence
the direct exchange of chlorine-ligaiids proceeds, at the most, at 10 per cent of
the rate of exchange via aquation. However, using aged IX.PtCl, solutions (i.e.,
solutions which had been left for at least 20 hr. to attain the equilibrium concen-
tration of up to 60 per cent of PtCl;H.O~ before exchange was initiated) the
observed chloride exchange rate is significantly greater than that calculated
on the assumption that the aquation path is solely responsible for exchange.
Under the reaction couditions employed, the rate of fornation of the diaquo
species PtCla(H:0), 13 too slow to account for this inereased exchange rate and
thus the direct exchange:

PtCLH.O- + Cl* = PtClL*H.0~ + Cl-
must be significant. This exchange process is deseribed by the rate law:
R = '[PtCl;H.07]

In this case it would seem that the mechanism does involve Sy1 dissociation of
the complex, since the rate of the alternative Sx2 aquation is known to be slow.
The detailed mechanism may then be written:

slow
PtCLH.O~ = [PtCLI{,0] + (I~
[PtCLH.O] 4+ C1* =———= PtCLCI*H.O

slow

The measured entropy of activation (table 6) is also in accord with this Syl
dissociation process. It is interesting to note that the chloride ion can compete
favorably with the solvent water molecule for reaction with the uncharged inter-
mediate PtCl;H.O. However, with the charged parent PtCl2— ion, the coulombic
energy barrier is such that the chloride ion does not react at a significant rate as
compared to that of the water molecule.

The kinetic data in table 6 have been obtained for this exchange system.
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TABLE 6
PtCl—~Cl- exchange
i k 1 ke ¥
BeC. 0.14 hr.7t ~ 7.71. mole~* hr.! 0.16 hir.™!
AHY) keal./mole. .. .. 21 ! 15 1 25

ASH e -8 ! —18 42

This exchange study has therefore provided a direct quaiititative estimate of the
lability of the platinum-chlorine bond in the PtCl;H,O~ ion (rate constant of
direct exchange, ') but it cannot provide a similar estimate for the PtCls~ ion
siice the rate constant f; refers to the process of aquation. The rate of the direct
ligand exchange in PtCl2~ ¢ould probably be derived froni a study in nonaqueous
solvents, but this lability is still not necessarily relevant to water, for wlich most
data are required. The rate constants for tlie primary aquation of PtCls#— and
PtBrs#~ arc, respectively, 0.14 and 3.6 hr.~! at 25°C., but the ratio of thege rate
constants is not necessarily an estimate of their relative bond labilities. If the
hydration equilibriur: is more displaced in favor of the aquo ion in the case of
PtBrgé than for PtCl* (for whiclhh K = 0.018), then the ratio of the rates at
which the equilibrium states are approached, i.e., the relative bond labilities, will
lyeless than the ratio 3.6/0.14. If, however, tlie livdration equilibrium constants
for the two complex ions are approxiniately the sanie, then it would be correct
to state that the platinum-bromine bond in PtBrs- is 25 times more labile
with respect to aquation than the platilum—chlorine bond in PtCl2-.
Rich and Taube (391) have studied the analogous Au(III) system:

AuCli~ + CI*= = AuCl*~ + ClI-

which undergoes quite rapid exchange (£ less than 5 min. at 0°C.) as compared
to the Pt(II) system (#; about 15 hr. at 25°C.). Moreover under the experimental
conditions employed, negligible aquation of AuCl;~ occurs in contrast to PtCl2—.
The rate law for exchange is:

R = I[AuCly| 4 ko[AuCl][Cl]

where ki = 0.20 min.~" and k., = 11.0 1. mole~? min.~? at 0°C. The k. term is good
evidence for the direct participation of Cl— and AuCly in the activated complex
and Sx2 chlorine-ligand exchange must be occurring. The detailed mechanism of
this process was postulated to involve utilization of the vacant p orbital in the
AuCl,~ ion by the incoming chloride ion, the activated AuCls*~ complex thereby
approximating to a trigonal-bypyramid in configuration:

ct
P cr_ ]
[of i : -2 CE | Clemmes *
l/ N u//p ) //CI\A;;/C'r //C'xu //;I
/l/ \ ! - 1', /l : :’ - /l /l
CI7-~~i :Cl/él ; X
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(Such a mechanisni is probably applicable to most square coplanar complexes
and has also beeu suggested (9, 313) for the extreniely rapid exchange of the
—OCN ligands in the tetracyanides of Pd(II), Zn(II), Ni(II), and Hg(II).) The
mechanism of the process described by the %, term is far less certain. The large
entropy decrease on activation (—30 e.u.) might suggest a rate-determining
Sn2 hydrolysis of the square complex via an octahedral activated coniplex in-
volving two solvelt water niolecules, In support of this view, Rich and Taube
point out that the observed exchange rate by this path is about four times the
rate of hydrolysis, a factor to be expected if the hydrolyzed species AuCl;OH-
completely exchanges the three remaining chlorine ligands before reverting to the
parent AuCl,~ ion.

It is noteworthy that although AuCl,~ and PtCl2~ are isoelectronic, their be-
havior to isotopic exchange is very different (195). The exchange of the gold
compound is about 200 times faster than that of the platinumi compound under
comparable conditions and occurs by fundamentally different processes. Whilst a
direct Sx2 ligand exchange represents a substantial fraction of the total exchange
for AuCl,, this path accounts for only 10 per cent (at the very most) of the total
rate of PtClé#—. Undoubtedly this may be attributed to the higher charge barrier
for Cl- exchange with PtCls#—. The PtCl;H.0~ ion, of the same formal charge
as AuCl,, also does not undergo direct bimolecular chloride-ion exchange but
rather Syl dissociation, due possibly to the labilizing influence of the —OH,
ligand. Nevertheless the gold-chlorine bonds in AuCl,~ must be much more
labile than the platinum—chlorine bonds in PtCl;H.0—.

Provided sufficient kinetic investigations are performed, a quantitative evalu-
ation of trans effects (387) may be forthcoming from exchange studies on tetra-
coérdinated complexes. The niagnitude of the trans effect appears to be in-
timately connected with the electronegativity of ligands in the various com-
plexes; for a given central atoni, this factor also largely determines the lability of
the metal-ligand bonds. The exchange of —Cl ligands is reported (201) to be
faster in cis-KoPt(NO2)sCls than in K,PtCly, but until the relative contributions
of aquation and direct exchange are known for the former complex, further quan-
titative deduction would seem preniature.

C. COMPLEXES OF COORDINATION NUMBER SIX
1. Exchange of the central atom

As in the case of tetracodrdinated complexes, most studies of the exchange of
hexacodrdinated central atoms have been concerned with those complexes which
have been already classified as “ionic” or ‘“‘covalent” from magnetic moment
measurements. Thus free ferric ion does not exchange with ferricyanide or
ferrocyanide (‘“‘covalent’”) but undergoes complete exchange in a few seconds
with the ferri-tris-oxalate ion (“ionic’’) (207, 208). Whilst a series of “‘ionic”
Co(II) tris-phenanthroline and some 5-substituted phenanthroline coniplexes
exhibit rapid exchange with free Co%i, bis-tripyridyl-cobalt(II) exhibits a
measurable exchange half-time (2.8 hr.) at 15°C. and at 0.005 M reactant con-
centrations (469). West suggested on the basis of these results that the latter
compound would have 3d*4s4p® bond hybridization (inner orbital) with the one
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unpaired electron promoted to the 5s state. This is to be contrasted with the
outer-orbital 4s4p*4d® bonding of the former complexes. Williams (479) has
pointed out that whereas the dipyridyl and phenanthroline Co(II) complexes
exhibit weak absorption between 450 and 600 mu (emsx = 10) and are labile, the
tripyridyl complex exhibits strong absorption over the range 400-500 mu (€pax >
1000). This latter complex is relatively inert, like the covalent Fe(II) dipyridyl
and phenanthroline complexes (e.g., the slow exchange of Fe(phen)* with
Fell) (407, 474), which also display a very strong absorption in this region.
Although ferric-ethylenediaminetetraacetate (FeY—, Y = EDTA) is ‘“ionie,”
the exchange rate with Fel} is relatively slow and Jones and Long (268) were
able to study the kinetics of this system. The rate of exchange was markedly pH
dependent, and by conducting experiments over narrow pH ranges in which one
mechanism predominated, the rate law at 25°C. could be represented as:

R = 047 [FeYJ[H*]? + 0.015 [FeY][Fe**] 4+ 0.14 [FeY~][FeOH**] (20)

although the second rate term may include the first power of the hydrogen-ion
concentration. The exchange rate exhibited a small positive salt effect at high
acidities (when the first kinetic term predominates) and a small negative salt
effect at lower acidities (when the second and third kinetic terms predominate).
The three postulated exchange mechanisms are:

(1) FeY~ + 2H+ = H,FeY" (rapid)
H.FeY*t + HY 8197, Fer 4+ H,Y-

(2) FeY™ + Fe** =2 Fe*Y~ + Fe**

(3) FeY~ + Fe*OH* = Fe*Y~ + FeOH*

A knowledge of the entropies of activation would probably enable some decision
to be made as to the detailed mechanism of processes 2 and 3, but in view of
the complexity of the system such a temperature-dependence study would need
to be of the highest precision to obtain significant data. The analogous Fe*:+-
FeY?™ exchange reaction proceeds at a very high rate, which has been correlated
with the comparatively high dissociation constant (1071¢). A similar kinetic
study was therefore precluded, but measurable half-times were reported (309)
in exploratory experiments on the Co**+-CoY?~ and Ni***-NiY?~ systems, with
a similar pH dependence in the latter system as for the Fe*+-FeY~ system.

It seems that a priori the exchange reactions of metal ethylenediaminetetra-
acetate complexes will be complicated, with several paths being available for
exchange. This is apparent from the kinetic studies of substitution of CdY?
with Cu®t (1) and of the substitution of PbY?~ with Zn?** (63). In the former
example four different reaction paths are available to the Cu?t ion by collision
with the anions CdY?*", CdHY-, HY?%*, and H,;Y?~. The bimolecular rate con-
stant is divisible into three terms:

k= k + kofH*] + Es[H*]? 21

over the pH range 4 to 5. The Fe**-FeY~ exchange study was conducted from
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pH 1 to 2.5, aud it is interesting to note that a third-order dependence on hy-
drogen-ion concentration arises in these acidities. For the Cu*-CdY?~ reaction a
similar dependence could arise at these low pH values, implying reaction with
H:Y~. The ferric exchange system is unfortunately complicated by the occur-
rence of hydrolyzed species at low acidities. This complication would not be as
serious for the analogous Ni**-NiY?~ exchange system and a detailed kinetic
study would seem well worthwhile.

2. Exchange of monodentate ligands

Kinetic studies of the rate of ligand exchange in hexacoérdinated complexes in
aqueous solution reveal that water again plays a significant role. In the inter-
pretation of such studies it would be of cousiderable significance if the rate of
water-ligaiid exchange in these comnplexes could be evaluated. Not only would
such measurements assist in the general understanding of the lability of complex
ions but they would serve to compare the kinetic behavior of neutral-ligand ex-
change systems to that observed with charged ligands in exchange and substitu-
tion reactions. Moreover the first step inn ligand exchanges is frequently one of
aquation and it is desired to ascertain the detailed mechanism of the subsequent
“anation” reaction leading to the appearance of a labelled ligand in the complex.
This anation reaction is often described by a rate law consistent with either an
Sx1 or an Sx2 mechanism. Hunt and Taube (254) have illustrated this problem
with reference to the reaction:

Co(NH;):H-0* + Cl- &2 Co(NH;);Cl** + H-0
which proceeds in the forward sense according to the rate term
E[Co(NH,)sH,0%] [Cl-]
This rate law is compatible with either of two mechanisms:
(a) Syl:
Co(NH;);H.0+ = Co(NHy)s*+ + H:O (rapid equilibriumi)

ky
Co(NHg)s#* + ClI- :A_*“) Co(NH;)CP+
(b) Sx2:

Co(NH,;);H.0** + Cl- % Co(NHy):Cl** 4 H,0
2]
For the Sx1 mechanism the rate of formation of Co(IN'H;);Cl>* must be less than
the rate of the exchange of water with Co(NH;)sH.0%, but for the Sx2 mecha-
nism no such restriction applies. A discrimination between these two possible
mechanisms is thus possible, at least in principle, from a measurement of the rate
of water-ligand exchange.
The rate of the exchange reaction:

Co(NH;)sH.0% + H:0'®* = Co(NH,;);H:0%* + H:0
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exhibits (410) first-order dependence on the concentration of the pentanimine-
aquo ion. In an endeavor to ascertain whether the anation of Co(NH;)sH.0** by
SO+ proceeds via an Syl or an Sx2 mechanism, Rutenberg and Taube (410)
observed that the water exchange half-time increased from 24 to 27.8 hr. on the
addition of 0.33 M sodium sulfate and 0.50 M sodium bisulfate. This would seem
compatible with Sx! dissociation followed by competition of SO~ and H,O for
the intermediate Co(INH;)s*+ ion, thereby leading to a decreased rate of water
exchange (i.e., increased half-time). An Sy2 process would tend to exhibit a slight
increase in the rate of water exchange on addition of SO~ due to the reaction:

CO(NH3)5H203+ + SO42_ g CO(NH3)5804+ + HzO

It should be pointed out that these observations merely indicate that the Syl
mechanism predominates over the Sy2 mechanism; the latter is not completely
excluded.

The general technique employed (176, 233, 254) in studying the exchange of
hexaaquo cations with solvent water was to mix an aqueous cation solution with
water labelled with H.O®8. At suitable times the water was distilled off in vacuo,
equilibrated with normal carbon dioxide, the latter analyzed, and the extent of
exchange calculated. However, since the water coordinated to a cation repre-
sented only a small fraction of the total water in the system, experiments were of
necessity conducted at high salt concentrations (>0.5 M) with high analytical
precisionl in order to follow the exchange accurately. Under these conditions
ALZL Felt Colt, Galt, and Thit exchanged completely in the separation time of
3 min. at 25°C. (254), but Cr2 exhibited a half-time of about 40 hr. which was
independent of acidity (253). A more detailed study by Plane and Taube (378)
revealed that with both ClO4s~ and NO;~ in the presence of perchloric acid, the
exchange rate could be expressed as:

R = K[Cri{][anion] (22)

Under the high concentration conditions employed, it is difficult to discriminate
between salt effects (due to the effect of ionic atmospheres) and actual chemical
effects (involving direct participation of the anion in the activated complex).
Plane and Taube favor the latter interpretation and suggest that the anion oper-
ates such that a water molecule in the anion hydration sphere is replaced by a
water of the cation hydration sphere, the interaction thereby reducing the energy
required to remove a water ligand from the cation. However, Mackenzie and
Milner (314) found no specific effects for the Cras—H,0® exchange in the abgence
of acid, although the exchange rate does depend upoi the ionic streugth. Ac-
cordingly the anion-exchange mechanism was proposed:

Cr(H:0)¢*+ + X = Cr(H:0):X*" + H:0
Cr(H.0)sX** + X~ = Cr(H:0)X:* + H.0

which is equivalent to an isomerization reaction (or hydrolysis when X— = OH™),
In solutions containing no acid the direct exchange, with X- = OH—, was as-
sumed to predominate, but in the presence of acid other specific anions bring
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about the exchange reaction. The specific effects noted by Plane and Taube were
thus attributed to steric factors, since the exchauge rate is claimed to decrease
with increasing anion size (Cl- > Br~ > NO;~ > ClO4). However the observed
variation is well within experimental error. It is noteworthy that the addition of
hydrochloric acid to the Crig-H,0' system causes immediate exchange of two
water ligands, followed by a very much slower exchange of the remaining four
water ligands. This is presuniably due to the rapid formation of the stable
Cr(H,0),Clst ion1 with expulsion of two water ligands.

By precipitating Crif as CrPO,-6H.0 and studying the appearance of O in
this fraction, Hunt and Plane (251) have been able to study the Crii-H,0®
exchange systen1 at low salt coucentrations (0.05 M) in perchloric acid. No
specific anion effects were observed, the excliange rate being expressible by the
term k[Cr(H.O)#+] [compared to the equation (equation 22) quoted by Plane
and Taube]. In the presence of nitrate ion and perchlorate ion slight differences
in exchange rate occurred at u = 0.7 but these could be attributed to activity
effects; the extrapolated value of %k at u = 0 and 27°C. is 2.07 X 10~ min.™!
for both these anions. The activation energy for exchange is 27.6 &= 1 keal./mole
in the presence of acid at all salt concentrations and 31 =+ 4 keal./mole in the
absence of acid; the difference in activation energies, if significant, may be some
support for the anion-exchange mechanism of Mackenzie and Milner.

Froni the observed decrease of O content in water on complete exchange with
Crif, Hunt and Taube (231) were able to confirm experimentally that the
hydration nuniber of Cr+ was 6.0 &= 0.2, a suitable allowance being applied for
isotopic fractionation effects (see Section VII,C). With other aquo cations which
undergo rapid —OH; ligand exchange, the hydration numbers must be deduced
from the isotopic exchange equilibriuni constant. However, the adaptation of
flow metiiods to a study of these rapid rates may still permit the direct measure-
ment of the hydration numbers of labile cations (444, 446). It is interesting to en-
quire as to the probable reason for the slow exchange of Cr)i on the one hand
aud the rapid exchange of ALLL, Gall, Colt, and Fell on the other. The Cr+ ion
is by no means exceptional (254) in this series of ions with respect to factors such
a3 louic radius, hydration energy, hydrolysis constant, or halide stability con-
stants. The difference must be due to the differing electronic states of the metals
cosrdimated as the aquo cations. On formation of inner-orbital d’sp® bonds, all
the 3d orbitals of Cr(III) arc occupied. Therefore with an Sy2 mechanism oper-
ative necessitating the formation of a heptacotrdinated activated complex, either
one 3d electron would have to be pronioted to a 4d state or the incoming group
would have to utifize a single 4d orbital with consequent formation of a relatively
unstable activated complex. A relatively slow rate of —OH; ligand exchange for
Cr(I1T) thus appearsreasonable; thisexplanation is also probably applicable to all
ligand exchanges of Cr(ITT). In the case of ALY, Fe'l and Gali the —OH,
ligands utilize outer-orbital sp?d? bonds and rapid exchange, possibly by Sx1
dissociation, is to be anticipated. At first sight the rapid water exchange of
Colf (176) may seem surprising, although Taube (445) has interpreted this as
evidence for the greater stabilization by —OH, ligands of a paramagnetic Co(III)
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state (and hence rapid exchange). However, the experiments on Coii were
complicated by the presence of CoZf, which was independently shown to undergo
rapid water exchange. A rapid electron exchange between Cors and Cos could
cause an apparent rapid exchange of water in ColZ.

This same principle has been used (378) to obtain an estimate of the rate of
electron exchange between Crly and Crif. As distinet from Crif, Crie undergoes
rapid exchange of ligand water, the change being complete in less than 2 min. On
the addition of 0.16 3 Cr** to 1 M Cr®*t ({; normally 27 hr.) the exchange half-
time for Crii—-H,0® was 2.1 hr. The extent of the catalytic effect by Criy is
governed by the rate of the electron exchange between Criq and Crid and it was
thereby possible to set an upper limit of 0.028 1. mole™ min.~! to the rate constant
of this reaction. The principle should be generally applicable to other ligand ex-
changes in complexes of two valency states of a given metal. The sole require-
ment is that one complex should be labile, and the other relatively inert, to ligand
exchange.

Adamson and Wilkins (11) attempted to measure the rate of direct bimolecular
exchange of SC*N with Cr(NH,);SCN*, Co(NH;):SCN?*+, and frans-Co{en),-
(SCN):* but found that aquation of all these complexes was quite substantial in
the times required to investigate the rates of direct —SCN exchange. To increase
the sensitivity of the rate measurements, the systenis were followed using labelled
complex ion and measuring the rate of appearance of activity in the free thio-
cyanate ion for small degrees of aquation. The competing processes of aquation
and exchange may then be written (neglecting isotope effects):

Aquation: MASCN* + H.0 — MAH0% + SON-

MASC*N* 4+ H0 iy MA;H,0% 4 SC*N-

Direct ko
exchange: MASC*N* + SCN- ——= MASSCN* + SC*N-

and it was shown that the first-order rate constant for the appearance of activity
in SCN~ (kapp) could be expressed as:

Fapp = k1 4 Eo[SCN—], (23)

Any direct exchange should then appear as a dependence of %.,, upon [SCN-J,.
With Cr(NH;);SCN?t+ the direct exchange term was only a few per cent of k;
at 70°C.; k: must thus be less than 0.015 1. mole hr.7! at this temperature. At
90°C. with Co(NH;)sSCN?t, k,,, did increase with concentration of free thio-
cyanate ion, but this increase was shown to be due to a specific catalysis of the
aquation rate by thiocyanate ion. This catalysis does not occur in the aquation of
Cr(NH;)sSCN**. (A similar catalytic effect by sulfate ion has also been observed
by Taube and Posey (451) in the aquation of Co(NH;):SO4*.) The difference in
catalytic effects for the chromium and cobalt pentammine complexes was at-
tributed to the operation of an Sx2 mechanism for Cr(III) complexes and an Sy1
mechanism for Co(III) complexes. Whilst removal of an uncharged —OH;
ligand by Sx1 dissociation of Co(NH;)sH20%t would not be expected to be in-
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fluenced by ion-pair formation (as shiown in the case of SO4&—; vide supra), the
removal of a charged ion by Sx1 dissociation of Co(NHj3)sSCN2+ could be
reasonably assumed to be accelerated by anion pairing.

This question of ion-pair formation may also be relevaut to a study (71) of the
exchange and substitution reactions of ¢s-Co(en),Cls* in absolute methanol. The
Cl- exchange and SCN—, Br—, and NO;~ substitutions proceed by first-order
kinetics and presumably indicate rate-determining Syl dissociation of the
dichloro complex. The Sy2 formation of an intermediate methylato complex
could, liowever, exhibit similar kinetics. The strongly nucleophilic ions OCH;,
N;7, and NO;~ showed partial second-order kinetics which were interpreted by
Brown and Ingold as evidence for direct bimolecular replacenient. An alterna-
tive explanation is that i terns of ion-pair formation, with these strougly nu-
cleophilic ions inducing S<1 dissociation of a —Cl ligand. In direct physical terms,
however, the distinction between ion-pair-induced Syl dissociation and direct
Sx2 substitution is a somewhat academic point, i.e.,

slow
_—

Colew),Cly™ OCIH,— Co(en)Cl1*- OCHy 4+ ClI-

or
Colen)oCle 4+ OCHz —  Cofen),Cl-OCHs +  ClI-

For purposes of discussion it is probably sufficient to interpret these results as
evidence for bimolecular ligand replacement. Whilst this study in nonaqueous
media is of considerable importance in itself, the basic problem of devising
metliods for studying bimolecular ligand exchange i aqueous solution, in the
presence of aquation, still remains. Ettle and Johnson (152) in some very early
work investigated the exchange of chlorine ligands in ¢is- and frans-Co(en),Cls*+
and cis-Colen)(H0)CI3* with free chloride ion in aqueous solution. With the
two isomers of Co(en)sCly™ no evidence for direct exchange of chlorine was found
in a contact time dictated by the relatively rapid aquation of the complexes, al-
though at 80°C. and a contact time of 35 sec. a slight aniount of exchange oc-
curred with the monoaquo complex, In the isomerization:

trans-Co(en):Cl.T 22 ¢is-Co{en).Cls*

in the presence of NaCl¥* complete randomization of activity occurred. Since
direct chloride exchange is relatively slow, this transfer of Cl*— is attributed to
the aquation reactions:

cis- and  trans-Co(en),Cl.* = Cl= + Co(en).(H:0)CI*+
= 2Cl- + Co(en):(H:0)s#

Moreover tlie catalysis of the inversion of d-¢is-Co(en).Cl: by added potassium
chloride cannot be attributed to “‘inversion by substitution” (a mechanism
extremely common for organic compounds), since direct ligand exchange does
not occur.

A rather extensive survey lias been conducted of the exchange of cyano ligands



ISOTOPIC TRACERS IN INORGANIC CHEMISTRY 799

TABLE 7
Exzchange rates and stability constants of cyanide complexes

. i Approximate Concentration
Complex Stability Constant | of Dissociating Exchange Rate
| Product in 0.1 3 Solution
;

Hg(CN)M™ . .o b 10-42 ) 10-¢ 1 “‘Instantaneous™

|
Fe(CN)e*~.................... 1 10-44 ! 1075 Very slow
Fe(CN)et™ . ... 1037 ! 10-3 Very slow
Ni(CN)e . oo 10-22 i 1074 “Instantaneons'’
Mo(CN)e~ ... oo \ 1072 i 104 : Measurable

in two-, four-, six- and eight-coérdinated complexes (9, 313). The dicyano
complexes of Hg(II), Ag(I), and Cu(l), the tetracyauides of Zn(II), Hg(II),
Ni(II), and Pd(II), and the hexacyanides of Cr(IT) and V(III) all exchange in the
time of reactant separation, whilst the hexacyanides of Fe(II), Fe(III), Co(III),
the pentacyanoaquo complexes of Fe(Il), the pentacyanouitroso complex of
Fe(III), and the octacyanide of Mo(IV) undergo very slow ligand exchange.
These results are a good illustration of the independence of ligand exchange-
ability and thermodynamic stability, as shown in table 7. It is iniportant to
appreciate that the amount of free cyanide ion produced by dissociation of a
complex cyanide is unimportant compared with the rate at which this cyanide
ion is produced. It is the latter which determines the rate of —CN ligand ex-
change. The dissociation of cyanide complexes is frequently very slow and the
stability constants are calculated from electrode potential measurements (293)
which only depend ou rapid electron trausfers.

Adamson, Welker, and Wright (10) found that the exchange rate of Mn(CN)¢*~
with cyanide ion was first order in complex-ion concentration, but independent of
free cyanide concentration, pH (from about 9 to 11), and ionic strength, The
authors conclude that ouly one charged reactant is involved, that this reactant is
not a hydrolyzed species, and that the rate-determining step in the exchange is
one of the following:

(a) Sx1 dissociation:

l ~
Mn(CN)e- ——>:fl Mn(CN)2~ + ON-
ast

(b) Sx2 aquation:

fast

l -
Mn(CN)¢™ + H:0 = [Mn(CN)sH:0"] = Mn(CN)sHo0~ + CN~

The entropy of activation is —44.2 e.u., which is considered too large for 4 normal
unimolecular reaction and hence the Sx2 aquation is favored. The latter path
proceeds via a heptacosrdinated complex formed, it is postulated, by using an
available inner d orbital (the ground state of Mn(I1I) being 3d%d'd! D*D*S2P2P2P?),
This process requires little energy for Mn(I1I) (which would attain an inert gas
structure in the activated complex), rather more energy for Cr(III), and con-
siderable energy for Co(1II), Fe(1I), and Fe(III), since in these cases promotion
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of electrons to higher orbitals niust oceur. The observed decrease in lability to-
wards cyanide exchange was explained in this way. Somewhat similar, although
more general, ideas have been described by Taube in his effective classification of
hexacoordinated compounds (445).

MacDiarmid and Hall (313) subsequently observed completely analogous
kinetic behavior for Co(CN)g#—, Fe(CN)q*~, and Cr(CN)s~ and postulate the
same aquation mechanism as invoked for Mn{(CN)s~. The observation of in-
creasing exchange rate with decreasing pH constitutes further support for the
aquation niechanism. It is to be noted that in all these cases of complex cyanides,
the observed rate of ligand exchange is determined by the rate of aquation of the
complex. The cyanide ion presumably does not enter into the seventh cosrdina-
tion position because of the relatively high concentration of water and the un-
charged nature of the latter.

Adamson (5) has studied the exchange in the absence of oxygen of free cyanide
with the cyanide complex of Co(II), which was shown to have the empirical
formula K;Co(CN); rather than K,Co(CN)s. In solution the ion could exist as
either Co(CN)sH:0% or Co(CN)*~. The latter possibility is favored, since the
cyanide exchange is complete in a separation time of 2 min., which probably in-
dicates that a Sy2 exchange mechanism operates, utilizing a vacant orbital in the
complex (as already mentioned for planar complexes). The exchange behavior of
Co(CN)sH;0%*~ would be expected to be similar to that of Co(CN)¢~, which is
very slow (9).

The exchange of single atoms within a ligand was first studied qualitatively
some twenty years ago (22, 149, 365), especially with the exchange of hydrogen
atoms in ammonia ligands with deuterium oxide. Quantitative studies of the
hydrogen exchange in Co(NHj3)s*+ and Co(en) 5** revealed (20) that the rate isin-
versely proportional to the hydrogen-ion concentration, a result which con-
stitutes evidence for metal amide formation, as in the following kinetic scheme:

Co(ND3)e** = Co(ND3);ND>* + D*

Co(NDa)sNDg#+ + H,0 9%, Co(NDy),ND;H* + OH-
HY + OH- = H,0

The greater the orbital overlap in the cobalt-nitrogen o-bond formed in such
ammine complexes, the lower will be the electron distribution on the nitrogen
atom and hence the greater the probability of acid dissociation. Thus a complex
more inert to substitution should exhibit a higher probability of acid dissoci-
ation. The product (K) of the exchange rate constant and the number of ex-
changeable hydrogen atoms can be taken as a measure of the probability of acid
dissociation of the ammine complexes; these values are 4.54 X 10=¢ for
Co(NH,)e#+ and 5.27 X 10-% for Co(en) 5** at 23°C. and seem to be in accord with
these ideas. The rate of exchange for Co(IIT) complexes is greater than that for
the tetranimines of platinum and palladium, indicating a higher acid strength,
the higher the central atomi valency (19). The K values for Pd(NH;)a,
Pt(NH;) 2+, and Co(NH;)*t at 0°C. are 1.17 X 1078, 2.48 X 1078, and 13.8 X
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108, respectively. Moreover Pd(NH;)s+ exchanges not only by the acid dis-
sociation mechanism (at pH about 7) but at low pH exchanges alzo by reversible
dissociation of amimonia, More qualitative studies have been reported for the
ions Co(NH;)«(NO2)st, Co(NH;).COs* (22), and Cu(NH;)2+ (150). In view of
the importance of such measurements, further studies of such animine—water
exchanges are desirable.

3. Exchange of bidentate lLigands

An early study by Long (307) of the tris-oxalato complexes of metals revealed
that whereas the Co(III) and Cr(III) complexes did not exchange with free
aqueous Cl-labelled oxalate in half an hour at 50°C. and 35°C., respectively, the
corresponding complexes of Fe(III) and AI(III) exchanged in the time of re-
actant separation. This is evidence for the inner-orbital type of bonding in the
former pair of complexes and outer-orbital bonding in the latter pair. The short
half-life of C! (20.5 min.) prevented Long from studying the Co(III) and
Cr(I11) complexes over a longer period of time to investigate the possibility of a
slow exchange. The exchanges of tris-oxalato and tris-malonato complexes of
Fe(III) with their free C"-labelled ligand ions have also been recently studied
(99). The measured magnetic moments of both complexes indicate these com-
plexes to be constituted of outer-orbital bouds. Rapid exchange for both com-
plexes is claimed, but inspection of the experimental results for the malonate
complex reveals an exchange half-time of about 30 niin. If this is significant, the
glower half-time for the malonato complex may reflect the increased stabilization
to exchange of the six-membered ring as compared to the five-membered ring in
the oxalato complex. It then follows that the ferrimalonate complex might be re-
solvable.

An Interesting ligand-exchange study (100) of the salicylaldehyde type quadri-
dentate complexes of nickel has been recently reported. Bis-(salicylaldoxime)-
nickel and bis-(V-methylsalicylaldimine)nickel were shown to be paramagnetic
in pyridine solution, owing presumably to formation of an octahedral adduct in-
corporating two pyridine solvent molecules which could be precipitated from
pyridine solution by water. These two complexes exchange rapidly in pyridine
with CM-labelled salicylaldoxime and methylsalicylaldimine, whilst bis-(sali-
cylaldehyde-ethylenediimine)nickel, which is diamagnetic both as a solid and in
solution, does not undergo ligand exchange. However, although a dynamic
equilibrium appears to exist in pyridine solution between diamagnetic and
paramagnetic forms of bis-(salicylaldehyde-o-phenylenediimine)nickel, no ligand
exchange was observed. This result, at first rather surprising, was attributed to
the quadridentate ligand occupying four planar positions in the complex, and the
two pyridine molecules i11 the paramagnetic (labile) form thereby must assume
trans rather than cis positions. For exchange to occur with the free quadri-
dentate ligand ion, either four nickel-ligand bonds must be ruptured simul-
taneously (Sx1) or an activated complex of cosrdination number eight must be
formed (Sx2). Since either alternative would require a high activation energy,
ligand exchange is slow. This study indicates that stereochemical requirements
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ca1l, under certain circunistances, outweigh the influence of the electronic struc-
ture of the central metal atom. It would be iuteresting to study quadridentate
ligand exchange with a nickel complex which was labile with regard to nickel
exchange (e.g., bis-(salicylaldehyde-trisethylenediimine)nickel (212)) to further
test these ideas.

Whilst Zi(en)s**, Culen)s*+, and Hg(en)q** exchange completely with labelled
ethylenediamine in a minimum separation time of 3 sec. at 0°C., Ni(en)s**+
exhibits exchange half-times of the order of a few seconds. Popplewell and Wilkins
(383) have shown that since the exchange rate is first order in concentration of
Ni(en)s#* but independent of free ethylenediamine concentration, then an Sy2
associative niechanism involving ethylenediamine is excluded. Whether the rate-
determining step involving Ni(en),** is one of Syl dissociation or Sy2 reaction
with water is undecided. The ligand exchange of Ni(en)s** is immeasurable at
20°C., as is reported (263) for the exchange of nickel with the complex ion at the
same temperature. A study of the latter exchange system also at 0°C. would
therefore be of considerable interest.

Some quantitative information has now been gained on the influence of
neutral ligands upon the carbonato-ligand lability in the complex ions
Co(NH,).COst (217, 220), Co(NH;);COs+ (434), and Colen),CO;t (241). The
general rate law for the exchange of free carbonate ion with the carbonato ligand
in the three complexes may be written:

R = ki[complex][total carbonate] + k.K[complex][H*] (24)

where the first term represents the rate of direct ligand exchange and the second
term that of aquation. The equilibrium constant, K, refers to the hydration
equilibria known to occur (290, 371) with such carbonato complexes:

CO<NH3)5CO3+ + H30+ : CO(NH3)5H0032+ + HgO

For the pentammine carbonato complex K = 2.5 X 106 (289) and in the region
of pH 9, only about 1 per cent of the carbonato complex will exist in the bi-
carbonato form. Contrary to the original interpretation (220), isotope effect
(Section VII,C) and conductometric studies now suggest that both the bidentate
complexes exist substantially in the monodentate forms Co(NH;)H.0-COs*
and Co(en):H:0-CO;* in aqueous solution. Whilst the hydration equilibrium con-
stants are unknown for these two complexes, the measured value for the pentam-
niine complex will be assumed in the succeeding discussion.

The rate constant k; represents the rates of the direct carbonato-ligand ex-
change processes and in view of the additional facts now available on the hydra-
tion equilibria, these processes are best represented in terms of the predominant
species existing under the experimental conditions:

Tkl

Co(NH;)H:0-CO;" + HC*0;m ——— Co(NHy)H.0-C*0;" + HCO;
Pkl

Co(NH,);CO;t +HC*0;m —— Co(NHy):C*0;" + HCO;

15 _
Colen);H.0-CO;* + HC*O; —— Colen):H.0-C*0;%* + HCO;
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rather than as previously represented:

k,
Co(NH,)H,0-HCO»* 4+ HC*0;y —

Co(NH;)sH:0-HC*O;>* 4 HCO,, ete.

Moreover, the postulation of this latter exchange process does not completely
explain the pH dependence of the exchange rate and yields values of k which
seem too high for a normal ion-ion substitution reaction (from 8 to 40 1. mole™
min.~! at 25°C. for all three complexes).

The rate constant ks was originally identified with the aquation processes:

Co(NHy)H:0-HCOs# + H,0 —=

> CO(NH3)4<}120)23+ + HCO;~

Co(NH):HCO#* + M0 -, Co(NHy)sH:0% + HCOs

Co(en)H;0-HCOZ + H,0 —22. Colen)y(H:0)7* -+ HCO+
"T'his detailed mechanism of aquation may have to be niodified in the light of
H.0'" tracer studies (252, 384) which indicate that the aquation of carbonato
coniplexes, in acid at least, involves rupture of the oxygen—carbon bond in the
carbonato ligand rather than the cobalt—oxygen bond and that aquation is there-
fore a process of decarboxylation (82) rather than hydrolysis. The implied
processes:

Co(NHg)H,0-HCOs* 25  Co(NH,) H:0-OH* +  COs, etc,
are equally consistent with the observed exchange kinetics. Detailed kiuetic
studies of the three exchange systems have yielded the rate constants shown in
table 8, which have been expressed at 25°C. and at an ionic strength of approxi-
mately 0.04. (Stranks (430) has shown that ionic strength has little effect on
the direct exchange rate for the tetrammine complex above 0.01 but does influ-
ence the rate of the aquation rate slightly. However, the chief interest is in the
results for the direct exchange rate.) Taube (445) has suggested that in hexa-
coérdinated Co(III) complexes increasing electronegativity of ligands causes
greater stabilization of an excited paramagnetic state relative to the diamag-
netic ground state of the Co(III) complex. Hence more electronegative ligands
should result in a complex more labile to substitution. Applying this concept

TABLE 8
Rate constants for exchange of Co(111) carbonato compleves

Parent Complex b kg‘ i sz
lonolet sec.”1 X 103 sec.”l X 102 1 Lomole™ sec.”1 X 103
Co(NHs)\COs*.. ... . 0.35 1.0 | 0.18
Co(NH#)sCOs*...o oot 2.6 6.4 1.1

Co(en)2COs*.. . ..ovvinien. 0.25 0.55 0.10

* Calculated on the basis that aquation is Sx1 decarboxylation.
+ Calculated on the basis that aquation is a direct Sx2 process.
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to the carbonato complexes, all of which react in the monodentate form, the
anticipated order of rate constants for direct ligand exchange would be tk; >
sk1 > ok, since an —OH, ligand oceurring in the first two complexes only is much
more electronegative than either an —NH; or an —en ligand. The apparently
exceptional position of the pentammine complex might be due to more signifi-
cant hydrogen bonding in the other two complexes, with the formation of six-
membered rings which are relatively inert to direct ligand exchange.

0
7
0—C
/N
X4‘_‘CO O
o
H

A similar order of rate constants appears to hold for the rate of aquation but
these values are of less quantitative significance since the hydration equilibrium
constants, K, are unknown for the ethylenediamine and tetrammine-carbonato
complexes. The exchange of free carbonate ion with Co(tn),CO;* {(where tn =
trimethylenediamine) is inconveniently slow below 40°C. (E.¢ = 25 kcal),
whereas exchange of the previous carbonato coniplexes is measurable between
0°C. and 25°C. (E,s = 1520 keal.). In the former case exchange is considered
to proceed (219) via the hydrated intermediate Co(tn);HCO;-OH* and steric
effects are undoubtedly important in determining the much slower exchange
rates. Additional studies on the influence of other neutral ligands upor the car-
bonato-ligand lability would assist in a greater understanding of these effects.

D. EXCHANGE AND RACEMIZATION PROCESSES

Comparison of the rates of exchange and of racemization of an optically active
complex ion can help in an understanding of the mechanism of the latter process.
Once again ligand exchange is the more useful (see Section VI,A) and there are
three obvious relationships between the two rates, all of which have been ob-
served.

(a) The rates of exchange can be slower than the rate of racemization. In the now
classical exchanges of Long (306, 307), it was shown that for both Co{oxalate);*~
and Cr(oxalate);* no exchange occurred (separately) between these ions and
Cll.tagged oxalate within 25 min. at 50°C. and 35°C., respectively. At these
temperatures the half-life of inversion of both ions is approximately 15 mii.
(86). With C'-labelled oxalate no exchange with Co(oxalate);® occurs until
direct decomposition of the complex becomes significant (412). This decomposi-
tion involves the entry of a water molecule into the complex (117), which per-
mits the exchange of an oxalate ligand. The rupture of an oxalate group as a
whole from the complex as the means of racemization is therefore excluded by
these results. Further insight into the racemization mechanism is afforded by
some recent work of Carter, Odell, and Llewellyn (305). The exchange of H,O
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with Cr(oxalate);3~ was observed at a much faster rate than the exchange of
C!.oxalate with the latter. In addition all the twelve oxygen atoms of the com-
plex took part i the exchange. The reaction

was proposed as the initial step in the racemization, H.0® exchange and con-
comitant aquation to Cr(oxalate).(H:0),~, involving “one-ended” dissociation
of the oxalate group.

(b) The rates of exchange and racemization are the same. The loss of optical ac-
tivity from the cis-Co(en)sCls* ion in absolute methanol is identical with the
rate of exchange of lithium radiochloride with the first chlorine atom of the
complex ion (71) (see table 9),

¢ts-Co(en).Clst — Co(en),Cl#+ + Cl-

(Optically
inactive)

It has been shown that the exchange of labelled phenanthroline with Ni(phen)**
in neutral and in alkaline pH occurs by a dissociative mechanism and that the
rate constant is identical with the racemization rate constant under comparable
conditions (478). This work extends that showing similarity of rates of acid dis-
sociation and accompanying racemization of the Ni(phen);** ion (37). In these
cases then a dissociative mechanism with rapid racemization of the complex
fragment can completely account for the racemization observed. In view of the
measurable exchange rates reported for Ni(en)s** with labelled ethylenediamine
in methanol at 0°C. (383) it might be possible to resolve this ion if the attempt
were made at fairly low temperatures and if the racemization of Ni(en)s?* were
a dissociative mechanism, as seems probable from the behavior of Ni(phen)s**
and Ni(dipy)s** (dipy = dipyridyl).

TABLE 9
Exchange and racemization rate of complex ions

i l Racemization Rate

Complex Jon :Exchange Rate Constant; Constant (as defined 1 Conditions ; Reference
1 in reference 37) !
i |
Co(en)Cle*. .....1 1.4 X 1074 sec.™! 1.35 X 10"t sec.t | 35.8°C.; u = 0.04; CH:0H (i)
Ni(phen)s?*......{ 90 X 10*min."t , 92 X 1074 min."! 45.0°C.; pH = 6.8 478)
Ni{phen)s#*.. ... T 113 X 1074 min.! ; 111 X 1074 min."! 45.0°C.;pH =13 (478)




806 D. R. STRANKS AND R. G. WILKINS

(¢) The rate of exchange may be faster than the rate of racemization. Holden and
Harris (241) have studied the rate of racemization of carbonato-bis-(ethylenedi-
amine)cobalt(IIT) chloride and of its exchange with HC4O;~. They have sug-
gested that the racemization is an intramolecular process and that each complex
ion species postulated to be present in the exchanging solution racemizes in-
dependently of the others.

Rate = I5[Co(en),COsH:0F] + E[Co(en):COs(OH)*]
+ #5[Co(en)s HCOsH0] 4 [y[Co(en)o(H.0).]  (25]

In this case, however (unlike (a)), the process is slower than the exchange rate.
which proceeds via dissociative and asgociative niechanisms (vide supra) appar-
ently not involving racemization. Rapid exchainge of labelled ligand with
Zn{en)** (383), Al(oxalate);?, and Fe(oxalate);*~ (307) compared with the re-
ported resolution and relatively slow racemization of these complex ions may be
other examples of instances where dissociative processes responsible for exchange
do not directly lead to racenization (445).

E. EVIDENCE FOR UNUSUAL OXIDATION STATES

Rich and Taube (391) observed that the use of ordinary laboratory distilled
water in the ClI*—AuCly~ exchange system caused a rapid induced exchange of
some 30 per cent in the first 20 sec., but that thereafter the exchange proceeded
with half-times of the order of 1 to 4 min. A subsequent detailed study of this
induced process (392) revealed that the exchange system was exceedingly sensi-
tive to traces of certain veducing agents, notably Fe*". Even storage of solutions
in green bottles, for instaiice, generated sufficient Fe** to cause a significant
amount of induced exchange. A 6 X 1077} ferrous sulfate solution causes 50
per cent exchange of 0.015 3/ CI*~ with 0.006 J{ AuCl in 5 sec. (uncatalyzed
half-time 3 min. at 0°C.) and for every Fe?* ion oxidized by AuCly~, about 10
chloride-ion substitutions are effected. Whilst the one-electron reducing agent
VO is also capable of inducing the exchange, the two-electron reducing agents
Sn(II) and Sb(III) are velatively ineffective although easily oxidized by AuCl,.
Since Au(I) was shown to exert no catalytic effect, Rich and Taube conclude
that the active species is gold in the oxidation state +2, which is efficiently
formed by one-electron reduction of Au(IIT) by Fe** and VO**, but only in very
low conecentration by Sn*t or Sb*t,

A kinetic study of the Fe**-induced exchange led to the following postulated
mechanism:

(1) Fe* + AuCl- 2o Fe(Ill) + Aull
(2) Augi + Cl* = Aud. + CI° (very rapid)

ks s
(3) Aul. 4+ AuCly — Aug +  AuCl

k
(4) 2Au(Il) —— Au(l) + Au{III) (chain terminating)

In accordance with this mechanism, a function of the amount of indicerd ex-
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change varied linearly with the square root of the initial ferrous concentration,
thereby enabling % to be evaluated as 1.8 X 10% l. mole™! min.7! and lower
limits to be set to k3 and k4 of 108 1. mole™! min.~! and 10" 1. mole~ min.™!, re-
spectively, all at 0°C. The actual forni of the Au(II) complex is unknown but
it is possibly either AuCl2— or AuCl;—, so that reaction 3 will involve either elec-
tron transfer or chlorine-aton1 transfer. The great substitution lability of Auéi
as compared to AuCly— was attributed to the possibility of states of different
cobrdination number for Au(II) having nearly the same energy such that the
energy required for removal of Cl—, e.g.,
AuCl# — AuCl= 4+ CI-

is very small.

The exceptional substitution lability of an interniediate oxidation state of an
element also serves to explain induced exchanges observed in the chloride ex-
change with PtCls?~. Rich and Taube (390) found that the spontaneous exchange
rate for PtCls* derived from commercial samples of HoPtCls is muech loss (5 =
approx. 50 nin. at 25°C.) than that for PtCly*~ samples freed fromi traces of
iridium (& = a few seconds). Both oxidizing agents (IrClg*~, Cl;, Fe(CN)#)
and some reducing agents (barium diphenylaminesulfonate and hydroquinone)
reduce the exchange rate to very low values by destroying the postulated cata-
lytic species of Pt(III). For discussion purposes the form of Pt(II1) was assuimed
to be PtCls*~ in the exchange mechanism:

PtCl- + Cl*- = PtC*™ + CI-
PtCl5*~ 4+ PtCl~ < PtCIfCl>~ + PtCl>~

The introduction of PtCl2~ serves to catalyze the PtCl—Cl*~ exchange due to
the equilibrium:

PtCli~ + PtCle*~ = 2PtCL*

The authors furtlier make the interesting suggestion that, in tlie absence of in-
hibitors, the spontaneous exchange rate of PtClg?~ with chloride ion may be due
to the generation of PtCls*~ by B-radiation from the CI* tracer. The intermediate
+ 3 oxidation state is also important in the PtCl2——Cl*- exchange system, which
is also strongly catalyzed by Ce(IV),

Ce(IV) 4+ PtCl#~ 4 Cl= — Ce*t 4 PtCls—

but not by chlorine (which presumably bypasses the Pt(III) state); e.g., at 0°C.
1 per cent exchange occurs in 30 min. with 0.01 M PtCl2~ and 0.03 M Cl*- but
in the presence of 5 X 10=* M Ce(IV) the initial induced exchange rate has a
half-time of about 30 sec. Moreover, the relatively slow exchange of PtCls*~
with Pt*Cl2~ is inhibited by oxidizing agents (notably IrClg*~) and the exchange
mechanism is probably:

PtCl*~ 4+ Pt*Cli = PtCl# 4 Pt*Clg~
Pt*Cl>~ + PtCl>~ = PtCld~ 4 Pt*Cls*-
Pt*Cl#~ 4 PtCly~ = PtCl#~ 4 Pt*Cls*~
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In a similar way evidence has been adduced (95) for TI(II), since the thermal
exchange of TI(I)-TI(III) is accelerated by Fe(CN)gt~ and the x-ray-induced
exchange also involves this interinediate valency species.

These isotopic exchange studies have provided significant kinetic evidence
for the relative lability of intermediate oxidation states of gold, thallium, and
platinum. There is no other evidence for the existence of these valency states
in aqueous solution, although the isolation of a few solid compounds has been
claimed (283, 293). Such work niight be extended to other transitional elements
with considerable profit and yield results which would otherwise be difficult to
obtain (415).

F. PHOTOCHEMICAL EFFECTS

The PtClg?—Cl*- exchange system was also found to be strongly photosensi-
tive, owing probably to the production of the active Pt(ITI) catalytic species
in the reaction:

PtClL- -5 PtCle- + Cl

e.g., in the dark # is 50 min. but in bright sunlight exchange is complete in 10
min. Since high quantum yields were found, the exchange niechanisin cannot
involve hydrolysis, which exhibits a quantum yield of less than unity. Similarly
the PtCl2—Pt*Cl2 exchange system is photosensitive and the photosensitive
reaction is inhibited by oxidants such as IrClg*~ which, when present in 10— M
concentration, reduce the rate to measurable values ({4 ~ 5 min.). It is interesting
to note that whereas the PtCl#—Cl*~ exchange is photoseisitive, the AuCly——
Cl*- system is insensitive (at least to ordinary sunlight) and the active Au(IT)
catalytic species cannot be photogenerated in appreciable concentrations.

The exchanges of cyanide ion with Mo(CN)s*, Fe(CN) (9), Fe(CN)gt,
Co(CN)s*, Cr(CN)e*~, Fe(CN);N02, and Fe(CN);H:0% (313) are all markedly
accelerated by sunlight. Previous photochemical experiments by MacDiarmid
and Hall (312) have shown that for the first four complex ions, at least, photo-
catalyzed aquation occurs via the process:

M(CN)Z? 4+ H0 — M(CN),(H.0)' ™ 4+ ON-
or
(M(CN);? + H;0+ — M(CN)._1(H:0)'"™ + HCN)

which is the same primary step postulated for the thermal exchange of cyanide
ion with such complex cyanides (vide supra). However, both Mn(CN)¢#— and
Mn(CN)e~ show no photosensitivity in exchange or in aquation. On the basis
of these observations MacDiarniid and Hall conclude that only those cyano
complexes which are relatively inert to acids will be photosensitive to both ex-
change and aquation. At 25°C. the cyanide exchanges with both W{CN)s#~ and
W(CN)s*~ (194) exhibit half-times of the order of two years, but radiation from
a 100-watt incandescent light reduced the exchange half-times to about 10 days.
Since under the conditions of complete light absgorption the exchange rate is
independent of both complex-ionn and cyanide-ion concentrations, the rate-
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determining step must be the photoactivation step:

AW(ON)~ &+ 2H,0 —%5 4W(CN)g= &+ 4H* + 0,

At the lower pH resulting from this photolytic reaction, the W(CN)g*~ io11 under-
goes aquation with generation of free cyanide ion,

W(CN)s*~ 4+ H:0 — W(CN);(H:0)*" + CXN~

thereby buffering the excess hydrogen ion and creating a photostationary state.

These studies show that photocatalysis must always be considered in studying
exchange reactions of transitional metal complexes, especially when the metal
atom is capable of photoreduction. Detailed actinometric studies on systems of
the type described above should permit the evaluation of primary quantum
vields (see Section IT,E).

Summarizing then, the most important factor determining exchange rates is
usually the electronic state of the central atom. Should the complex coutain
inner-orbital bonding, then exchange of both ligand and metal atom will nor-
mally be relatively slow. If an additional bond orbital exists for use in the ac-
tivated complex, theu even for inner-orbital complexes rates of ligand exchange
will be rapid, as wiil those of outer-orbital complexes. However, even for these
“labile” complexes important kinetic data should be obtainable by adjustment
of reaction conditions: e.g., lower temperatures and nonaqueous solvents; lower
reactant concentrations; earlier observation times and fast-reaction techniques.

Another important factor is the electronegativity of the attached ligand.
Highly electronegative ligands will tend to increase the importance of the labile
outer-orbital state of a complex of a given metal, thereby leading to greater
exchange rates. Nevertheless more studies need to be performed on series of
complexes in which small gradations of ligand electronegativity occur before the
effects of electronegativity on lability can be satisfactorily evaluated.

The stereochemistry of the ligand is an important consideration. Multidentate
chelates (especially with “fused” rings) often undergo reduced rates of metal
exchange.

The cotrdinating power of the solvent must also be considered, since often a
complex may be considerably modified in solution by actual cotrdination of
solvent molecules in the complex. In this respect water and pyridine are the most
notable examples. Moreover the process of solvolysis of the complex frequently
competes with-—sometimes to the exclusion of——the process of direct ligand or
metal exchange. The effects of ionic strength, pH, photosensitivity, and sus-
ceptibility to inhibitors and catalysts (especially when intermediate oxidation
states are attainable) are additional factors to be considered in evaluating iso-
topic exchange data.

G. COMPREHENSIVE TABLE OF LITERATURE DATA (TABLE 10)

Key to table 10

Lxchanging species: An asterisk denotes the labelled species used. When both
species were labelled and used in separate experiments, both are marked with



TABLE 10
Ezxchange reactions of complexes of the transitional elementst
Exchanging Species i Exchange Conditions | Exchiange Rate % Remarks References
Vanadium group
V(CN)e+ C*N- 0.026 0.026 pH 9 C 1 min. (313)
Chroninm group
Cr(;0)+ H0* 0.4 Eixcess | 0.4 HC10, ' G 2 win. i (378)
Cr(I1:0)e+ H:0* 10.4-1.4 Lxcess 11.8-5.2 C104~ | 25-80 Lir. K E =24 (378, 253, 254
0.01-1.1 H* !
Cr(I1:0) g H0* 3.0 Excess No added acid '. 12 ir. (30”) K; E =31 (314)
Cr(H:0)e* H-0* 0.05-1.1 Excess 0.1-0.5 HC10, » 17-58 Lir. K; E =28 (2517
Cr(H:0)e* 30 Rapid (314)
Cr(CN)et C*N- 0.026 0.026 pH 113 C 40 sec. 313)
Cr(CN)e— Cr*(H:0)e+ 0.01 0.01 pll 3-4 36 hr. Decompasition at this pH (9)] (329)
Cr(CN)e+ CrCL(1L0) 0.005 0.005 0.05 HC1 N 72 bir. (329)
Cr(CN)g~ Cr(ac)s 0.008 0.008 pH 34 (acetic acid) =16 days (329)
Cr(CN)g- C*N~ 0.05 0.05 pil 10 ~24 days Increased at low plI (de- | (9)
couposition)
Cr(CN)e- C*N- 0.026 0.026 ~A40 days P (313)
Cr(SCN)&~ Cr*(II:0) 8+ 0.01 0.01 0.05-2.0 1T+ N 72 hr. (329)
Cr(SCN)gs~ Cr*CL(IL0)* 0.007 0.007 0.07 HC1 N 24 Iir (329)
Cr(SCN)e~ S*CN- Slow (198)
Cr (H=0)sCl1z+ C1*- Slow Increased by Cr** (448)
Cr(I1:0)CL* Cl*- 1.6 2.2 Slow (429)
Cr(H.0):F; Cr*(H:0)6" 0.16 0.1 0.01 HNOa ~4 days Decreased at 1.0 HNO: (280)
Cr(20)4804 S*0” 270 min. (30"~ (168)
Cr(urea)e* Cr*(I1.0)s*" 0.04 0.1 1.0 INOa N 16 Lir. (280)
Cr(NHs)sNC*s+ SCN- 0.01-0.20 0.06-0.40 pH 2.5 Hours (80°%) K (11)
Cr(oxalate)s*™ Cr*(I1:0) ¢ 0.01 0.01 0.02 HC104 N 72 hr. (329)
Cr(oxalate)s* Cr*(H20)4Cl>* 0.005 0.005 0.05 HC1 N1 hr. (329)
Cr(oxalate)ss~ Oxalate*r” 0.06 0.01 N 25 wmin. (35°) t3 ~ 25 min. (rneemiza- | (306)
tion)
Cr(cn)s® Cr*(H:0)6** 0.1 0.1 1 IINOs N 50 Iir. (40") Some decomposition (280)
Cr(en)#t en* 0.1 0.16 1 HNO=x N 70 Lir. (40%) Accompanied by irreversible| (477)
aquation
Mo(CN)s+- C*N- 0.05 0.05 rH 10 N 11 days P 9)

018
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W(CN)s+

IIncmas&d at pH 9.5 (de-

(194, 31)

0.01 0.17 pll 111 ~500 days (dark)
? composition); P
W(CN)et 0.01~0.02 0.16-0.32 pH 10.9-11.2 10-12 days (light) i K (194)
W(CN) 0.01-0.02 0.15-0.32 pH 9.0-10.4 ~500 days | P; increased at pH 9.5 (de- | (194, 31)
} composition)
Manganese group
Mn(CN)e~ 0.026 0.026 pH11.8 C 6 min. | | (313)
Mn(CN)¢- 0.01-0.02 0.05-0.10 pH ¢-11 7 35-80 min. (07 i KiE =85 10, 9, 313}
Mn*(oxalate):? 0.01 0.005 0.1 oxalic acid | C 5 sec. 5 (382}
Mn(AA)s Methanol | Fast + Also manganous lienzoyl- | (1413
acctonate; fast  (both
Szilard-Chalmers)
Iron group
Fe,‘,f; 1.0 Excess 0.4-1.2 H* C 3.5 min. Slower at lower acidities | (254)
(polynuclear forus)
Fe(CN)gt~ 0.2 >0.2 None within precipita- | Precipitate forms on wixing | (453)
tion time
Fe(CN)gt~ 0.025 0.025 pIl 103 N 77 hr. ty = 33 hr. (light) (313, 9, 202)
0.025 0.045 pH 3.5 53 Lir. K; P (313)
Fe*(CN)s~ 0.07 0.14 N 6 duys P (453, 207, 208)
Fe(CN)e&~ 0.1 0.3 pH 9.5 N 64 hr. Increased at low pII (dc- | (99)
composition)
Fe(CN)e~ 0.05 0.05 pll 10 N 5 days P (9, 313)
Fe(CN):sH0% 0.025 0.025 pH 10 38 hr. (dark) P; increased at low pIT (de- | (313)
coinposition)
Fe(CN):NO2- 0.025 0.025 pll 103 5.5 days (dark) P; decreased at low pH (313)
Fe(CN)e - — pH 1.2 N 10 min. (208)
Fe(oxalate)ss™ 0.005 0.005 pH 15 C 5 min. (208, 207)
Fe(oxalate)s® 0.06 0.01 pH 4.5-6 C 20 sec. (35°) (307, 99)
Fe(inalonate)s3~ 0.14 0.11 ~30 miin. Decomposition during long { (99)
separation thine
Fe*(dipy)s* 0.01 0.01 pH 1.5 ~5 hr. K; E =149 407, 474)
Fe*(phen)a? 0.01 0.02 pH 1.5 ~97 min. K; E =194 (407, 474)
Fe(®EDTA)* 0.01 0.01 pH 2-5 t3 < 1 min. Nitrogen atmosphere (268)
Fe(l3DTA)~ 0.006-0.025 | 0.006-0.025 | pH 1-2.5 25 min. to 40 hir. K (268)
Ferrimethemoglobin 0.0006 0.0007 pH 3.6 N 48 hr. (208)
Ferri (Ph+-PO) Acid-ethanol-benzene | N 5 days 407)
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TABLIS 10—Continued

Exchanging Species

Exchange Conditions

Exchange Rate

Iron grouyy—Concluded

Remarks

Ferri(proto-PO) A 0.0003 0.0001 Alealiolie 1IC1 N 60 days
Ferrilienioglobin Fe;f’l+ 108 1075 N 30 Lir.
Terri (PP) Fe;,’; 80%. ncctone N 48 Llir.
0sCler C1* 0.06 0.06 0.1-2.0 H* N 63 duys (50°)
Colmlt: gronys
Coln, ILO* 1.55 Lixcess 3.0 TIC104 C 2 min. (1°)
,'o?:l H0* 0.4-0.5 Excess 4.0 T1CIO, 2 min. (0°) Presence of about 0.5 M (7031
Co(CN)s#+ C*N~ 0.02 0.03 C 2 niin.
Co(CN)e" Cong 0.005 0.005 N 2.5 days
Co(CN)e™ C*N- 0.05 0.05 pll 11 N 8 days Slightly increased nt pll 4
Co(CN)g™ C*N- 0.025 0.022 pi1 2 Slight exclmnge, 75 hir. P
Co* (N Hs) et Co?:.’l 0.01 0.01 N 6 dnys (507) N 3.5 hr. in 1 M 1IC1 (323)
Co*(N1ls) et Co‘?,',l 0.01 0.01 0.5 11504 N 90 min. Same Cuf,:l formed during
exchange
Ca(NH7)e* H:O 0.008-0.08 Fixcess pll 47 14.5-37 min. K
0.04 Fxoess pil 5.6 8.5 min.
Co(NHs)H:03 ;0 Al 11 exchange
Co(NH;)sI1.0%" H:0* 0.02-0.12 Exeess 0.01-0.07 1IC10, 24 1ir. K
Co(NH3)s NCs2 SC*N- 0.02-0.17 0.34-0.54 nit 2.5 l1onrs (90°) K
Ca(NH;)CI2+ H20 0.02 Iixcess pil 3 5 hir. (38°) C 1 min. at pIf 12
Co(N115)Clzt Cont 0.005 0.005 N 14 br.
Co(NHj3)sBr2+t Br*- N 2 Ir. Also froin Szilard-Chaliners
data
Co(NH3)s NO2?+ 1150 All H exclmnge Also trans-Co(NT13)4(NOQ2)st
(slow) (19)
Co(NIIs)COs* C*Ost 0.006-0.04 0.003-0.05 pll 8.8-10 70 min.-20 hr. (0°) K
Co(NH3)sCOs*t ;0 Several hours Refercnee 33 reports rapid
Co(N13g)COs* C*Os* 0.005-0.0% 0.007-0.036 P 94101 3-16 hr. K; effcet of p studied (430)
Co(NT1I3):(Hi0)5* IL0* Slow
Co(NIT5)4(11:0) 2 H;O Inst
Co(NH:):(NO2)s Colt 5 0.005 N 1Lir. (99°)
Co(NT1)3(NO2)Cl oy’ 5 0.005 N 5 Lr.

rAat]

Refcrences
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(243, 441, 169)
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Colen*)s3+
Co(en)s?*
Co(en)s#t
Co(en)2(NC*S)2*
cts-Colen )oCla*t

trans-Co(cn):Clt
Co(cn)2(H:20)CI+

c¢is-Calen)2Cle*t
Co(pn)2Cle*
Co(cn)2COs+
Co(phen)s?t
Co(5C113-phien)st
Co(5NOg-pshien )zt
Co(COs)s3~

Co(oxalate)ss
Co(AA)s
Co(AA)o(I120).
Co(NN)3

Co(S)e
Co(Ph-SM):
Co(3T0l-SM):
Co(2Anisyl-SM):
Co(OH-SM),
Ca(dien)s’*

Co(trpy )
Co(EDTA)
Co(EDTA)~
Co(8E)

Co(S1)

Co(X)

Co(P)
Co(>-tetrasulfonate)
Co(ineso 1'0)
Vitamin B*12

1130
Cout
cn*
SCN-
Cl*

Cl*-
Cl*-

Cl*
Cogtt
C*Og2”
Coltf
Co ;,2:
Co,:f;

C*Qs7

Oxulate*s
C0‘2+
Co*Acz
CO 12+
Co*Ace
J0*S04
Co*Ac:
Co*Ac:
Co*804
Copt

CO;«T
Cogf:
Co,:,zl+
Co*Ac:
Co*Acy
Co*Ace
Co*Ace
Conir
Co*Ac:
Cogqt

0.02-0.09

0.008
0.04
0.05

0.002
0.005
0.01-0.06
0.005
0.005
0.005
1.0

0.06

0.008
0.008
0.003
0.008
0.008
0.008
0.008
0.008
0.10

0.005

0.005

0.005

0.0001
0.0017-0.017
0.008

0.004

0.001

12xcess
0.008
0.20
0.05

0.04
0.005

0.005-0.03
0.005
0.005
0.005

1.0

0.01

0.008
0.008
0.003
0.008
0.008
0.008
0.008
0.008
0.10

0.005

0.005

0.005

0.0001
0.0017-0.017
0.008

0.008

0.017

pH 4.7

pH 7.0
pIl 6.5

Methanol

pll 9.2

Pyridine
Pyridine
Pyridine
507, pyridine
Pyridine
Pyridine
Pyridine
Pyridine

pIl 2.4-5
pH 2.8
Pyridine
Pyridine
Pyridine
Pyridine
pll 1
Pyridine
pll 2-12

27-67 min.

N 24 Lir.

N 65 Iir. (100°)
Hours (80°)

N 13 sec. (80°)

N 25 sce. (80°)
Slight; 35 sce. (80°)

100 min. (36°)
N5 Lr.

3-8 lir.

ty < 28 sec. (15°)
1} < 36 sec. (15°)
1y < 25 see. (15°)
N 15 Lir.

N 25 win. (30™)
~80 days (30°)
C 50 sce.
=20-30 days

C 40 sce.

C 50 see.

C 45 sec.

C 40 sce.

C 18 1in.

N 15 min.

2.8 hr. (15°)

TFust

Slow

20 min. (15%)

48 min. to 7.5 hir. (15°)
2 days

N 5 days

N 13 days

Slow

N 14 days (55°)

Considerable aquntion in this
tine

Considerable aquation in this
time

Probably occars via reversi-
ble aquation

X

K

Slower i oxygen
Also from Szilard- Chalmers
data

Mueh slower in axygen
K, =17

Nitrogen atmospliere
No exchiange on conversion
to cobalamins

(20)
(468, 441)
1)

1)

(152)

(152)
(152)

(71)

(169)
(241)
(169
(469)
(469)
(319)

307)
(468)
(468)
(468)
(468)
(468)
(468)
(168)
(468)
(441)

(169)
(309)
(309)
170)
(470)
(468)
(168)
(468)
(24)

(59, 32, 155)
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Exchanging Species

TABLE 10—Continued

Fxchange Rate

Rli(en)ss* RhY,
IrBre? Br*
Ir*Cle? Ir(py)«Cl
Ir(en)s?t Irf:‘
NiCN)& Nij2
Ni(CN)« C*N~
Ni(CN)«* C*N-
Ni(CN)& Ni*(NIIs) ¥
Ni*(CN)& Ni*(en)s**
Ni(CN)st Ni*(oxalate)z2~
Ni(CN)4¥ Ni*(tartrate)”
Ni(8)2-2I1:0 Ni*(C104).
Ni(SM). Ni*(ClO4)«
Ni(BM): M)
Ni(OII-SM). Ni*(C104):
Ni(OII-8M): (OII-8*M)
Ni(Me-SM): Ni*Cly
Ni(Me-SM). (Me-S*M-
Ni(SPT) , Ni*Cl:
Ni(Me2G)e 7 Ni*Cle
Ni(Me, Bu-Gi): Ni*(Cl0g:
Ni(Me, Bz-G)2 Ni*(Cl04):
Ni(HQ): Ni*Cl
Ni(Et:-DC)2 Sulfur*
Ni(Pre-DC)2 Ni*(Cl0.)2

Ni{iso-ame-DC 2

Ni(en)s*t
Ni(en}s™

+ Ni* (ClO4)e

o
Nign

Exchange Conditions ! Remarks References
Cobalt group—Concluded
Slow No cxclhange with P*Og8 | (428)
(155); Szilard-Chaliners
0.010 0.01 Slow (198)
0.005 0.009 N 15 lr. (hot) (200)
I Slow Szilard-Chaliners (428)
Nickel graup
. -
1 0.007 0.00G ! pH 4-8 N 1 min. Precipitate forins on mixing;| (308)
: increaged rate at low pll
0.005 0.02 - pll 6.5-10.5 C 30 sec. Extraction separation (308)
0.05 0.05 {pH 10 C 3 win. Precipitation separntion 9)
0.005 0.005 :' 0.3 M N1l C 25 sce. Measurable at hiigh x (308)
0.005 0.005 fpIln C 30 sec. Mecasurable nt pX 7 (de- | (308)
7 composition) and high x
0.007 1 0.007 pH 6-8, 0.007 potassi- | N 9 niin. Measurable at pH 4 (de- | (308)
um oxalute composition) and high g
0.005 1 0.005 pH 10, 0.01 netassium | 46 hr. ty = 3Lhr. (p=24) (308)
turtrate
Mecthyl cellosolve C 5 min. (263)
Methyl cellosolve C 5 nin. (263)
Pyridine C 5 min. (100)
Methyl cellasolve C 5 nin. (263)
Pyridine C 5 niin. (100)
0.003 0.005 Mecthyl cellosulve C 5 nin. (212)
! Pyridine C 5 min. C 1 min, (dioxane); C 5 min. | (100)
1 (ethanol)
£0.005 i 0.005 i Methyl cellosoh: C 10 min. 212)
0.005 0.005 Pyridine ~ 14 I, (212)
Mcthyl cellisolve ~ 20 hr. C 48 ir. (pyridine) (212, 263)
Acetone N 1Lr. (263)
0.005 0.000 Pyridine/methyl cel- § C 5 min. (212)
losolve
Xylene N 3 days (140°) (201)
Acetone N1 hr. NH; induces comnplete ex- | (263)
M change
. Acetone N1hbr } NHs induces completr cx- ) (263
: ¢ change
; : M C 5 win. ' (263)
£ 0.005-0.05 | 0.001-0.01 : N (383)

5-10 seec. (0°}

[0¢]
—
M
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Ni(tetrameen)e?*
Ni(dipy)s?*
Ni(AE)

Ni(SE)

Ni(SE)
Ni(30Me-SE)
Ni(40II-SE)
Ni(ST)

Ni (30Me-RT":
Ni(SD)
Ni(SP)
Ni(SP)
Ni*(EDTA)

PA(CN) &
PdACL
P’dBre&
PA(NII;)4

Pt(CN*),r
PH(SCN)
Pt(SCN)e
PtCl

PtBre

Ptls
PtCle~

PtClet
Pt*Clet

Pt*Cle2
PtBre?
PtBre?
PtIsz
PL(NTL) e

Nipg

Nive
Ni*Clz
Ni*(ClOaje

S*E

Ni*Cly
Ni*Cl:
Ni*Cl:
Ni*Cl:
Ni*Cls
Ni*Cl
S

St
Nigq

C*N-
Cl*
Br*-

H;0

CN*-
S*CN-
8*CN-
C1*=

Br*-

I
C1*-

Cl*
¢is-Pt (N11;)sC1y

PtCle
Br*-
Br*+-

: 0.000

1 0.005

0.005
0.005

0.005
0.00%
0.005
0.002

0.03

0.07

0.04

0.004-0.017

0.004-0.017

0.05

0.1
0.02

0.008
0.008

0.405
0.15

0.004
0.14

j 0.015

0.005
0.002

0.05

Excess

0.16

0.06-0).27

0.01-1.0

0.20
0.1
0.005
0.014

0.005
0.33

Fxcess

¢ Pyridine
Methyl cellosol ve

Pyridine

Methyl ccllasolve
Methyl cellosolve
Metliyl cellasalv«
Mcthyl ecellosalve
Methyl cellosolve
Methyl cellosolve
Pyridine

0.2-9.6

pII 10

pII 6.6
pH 77

pll 15

* 67 min.

5 min.
N 2 days
N 2 days

N 24 hr.
N 2 hr,

N2 lr.

C 5 min.
C 5 min.
C 3 min.
N 44 hr.
N 90 Lr.

C 1 min.; N 24 Iir.

C 3 niin.
Fast

Fast

120 wmin. (0%}
13 min. (0°)
~1 win.
Fast

Fast
13.2-15.3 Lur.

4-19 Lir.

~ fi miu.

~4 min.
Few scconds

60 niin. (50°%)

N in liot during reerys-
tallization

~ 1lir.

C 30 win. (1007%)

N 2 Lir.

30 min. (18°)

35 min.

X

N (methyl cellosolve)
N (pyridine and ethyl eello-
solve)

: N pyridine
H

K; complex pil dependence
of rate

K

K; PtCL;(HQ) initially ab-
sent

K; PtCL(11:0) preseut in
cquilibrimn concentration
(2-60%)

Runte depends on
time"; sec 195

“aging

K; P; incrensed by PtCla?~;
decreased iy Fe(CN)&3~

P; ty < 30 see.
H

! P

| K

(476)
(263)
(212)
(212, 263)

(100)
(212)
(212)
(212)
(212)
(212)
(212)
(100)
(309)

()]
(198)
(198)

(19)

(202)
(198)
(198)
(193, 390, 202)

(193)

(198, 202, 203

(202)
(390)

(201)
(200)

(390, 200)
(199)

(7, 198)
(201)

(19)
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TABLE 10—Continued

Exchanging Species Exchange Conditions Exchange Rate Remarks References
Copper group
Cu(CN)r C*N- 0.026 0.026 pH 9.8 C 2 min. (313)
CuBry~ Br+ Fast (126)
CuBr;~ Br* Fast (126)
Cu(NHz) st H;0 0.7 Excess Fast (150, 33)
Cu(glycine)2 Cu;f Measurable (?) (200)
Cu(AA): Cu*Ace Cliloroform C 2 1nin. (408)
Cu(®): Cu*Ac: 0.008 0.008 Pyridine C 15 sce. (142)
Cu(SM). Cu*Acy 0.008 0.008 Pyridine C 15 sec. (142)
Cu(Me-8M), Cu*Ace 0.008 0.008 Pyridine ty < 15 see. (142)
Cu(en)e?t cn* 0.001 0.002 C 3 see. (0°) (383)
Cu(SN) Cu*Ac: 0.008 0.008 Pyridine 1 min. (142)
Cu(SE) Cu*Ac2 0.0015-0.015 | 0.0015-0.015 | Pyridine 2.1-28 hr. K; E =23 (142)
Cu(SP) Cu*Ace 0.008 0.008 Pyridine 9 hr. (50°) Also fromn Szilard-Chaliners | (142)
data (242)
Cu(AE) Cu*Ac: 0.004 0.004 Pyridine 37 hr. (142)
Cu(PP) Cu*# 809 acetone N 48 hr. 407)
Cu ($:04)2 Cup2t 0.5 HC1 Fast (414)
Ag(CN)z~ C*N- 0.026 0.026 pH 10.3 C 2 inin. 313)
AnCl Cl*- 0.003-0.012 | 0.003-0.076 pH 0-3 0.77-4.2 min. (0°) (391, 392)
HAuCL, HC1 0.002 0.016 8.8’-Dichlorodicthyl C 30 sce. (455)
cther
Zinc group
Znyg H,0* 0.2 Bxcess 0.4 HIC10, C 2 min. (378)
Zn(CN) C*N~- 0.026 0.026 pII 10.3 C 2 min. 313)
Zn(SCN)e Zn*Ac: 0.01 0.01 Pyridine C 30 sec. (296)
Zn(AA): Zu*Acs 0.01 0.01 Pyridine C 30 sec. (0°) Also benzoylacetonate and | (296)
nicotinylacetonate

Zn(OT)2 Zn*Ac: 0.01 0.01 Pyridine C 30 sec. Also aqueous aleohol (315) (28)
Zn(11Q): Zn*Acs 0.01 0.01 Pyridine C 30 sec. (28)
Zn(A)e Zn*Ac: 0.01 0.01 Pyridine C 30 sec. (28)
Zn(Me-SM): Zn*Ac: 0.01 0.01 Pyridine C 30 sce. (28)
Zn(en)s?* en* 0.02 0.16 C 6 sec. (0°) (383)
Zn(SE) Zn*Acs 0.01 Pyridine C 30 sec. 28)

0.01
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Zn(ST) Zn*Acs 0.001 0.001 Pyridine C 30 sec. (0"
Zn(AE) Zn*Ac2 0.01 0.01 Pyridine C 30 sec.
Zn(EDTA)* Zn*2* pli 3-11 C 1 in.
Zn(P) Zn*Ac: 0.002 0.002 Pyridino N 35 days
Hgf;; H.0* Not rapid
Hg(CN)* Hg*+ 0.007-0.03 | 0.001-0.02 | pII2.6 15-88 min. K; in presence of equilib-
rium amount of Hg(CN):
Hg(CN): C*N- 0.05 0.05 pllI 10 C 15 sec.
Hg(CN)¢- C*N- 0.02 0.02 pH 10 C 5 nin.
HgCl: Cl1* 0.001 0.002 C § min,
gCle Cl*- 0.3 1.0 C 1 niin.
HgBr, Br, 0.002 0.001 CS: C 2 nin. (<0°)
Hel. I*- C 2.5 min.
Hgl® I 0.0005 0.3 C 30 see.
1Ig(en)et* en* 0.006 0.01 C 6sec. (0°)
t
en = ethylenediamine SH = salicylaldehiyde
pn = propylencdiamine NNH = a-nitroso-g-naphthal

dien = diethylenetriamine HQII = lLydroxyquinoline
tetrameen = 2,3-dimethyl-2,3-diaminobutane YO = porphyrin

plien = 1,10-plicnanthroline PP = pleopliytin

dipy = 2,2-dipyridyl Ac = ncetate

tripy = 2,27,2”-terpyridine P = phthaloeyanin

AAH = acetylacetone X = 4,4-dicarbethoxy-3,3, 5, 5 -tetrainethyldipyrroinethene
EDTA-H = ethylenedianiinetetraacetic acid

()
(296)
(458)
(28
(45)
“487)

©)

)

(391)
(391)
137)
(380)
(125, 380)
(383)
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For the following chelating agents, all indicated substitutions refer to the R position: c.g., diinethylglyoxiine is indicated by Me2GII,

¥or cliclates based an the general structuro

TABLE 10—Concluded

- R(f:NOII CsHeNHNH
" RC=NOH DTH = cS
CeHsN=N
CH=NR
SMH = CH-\ /CH.
E
I C—0H HO-C
Ve A
g AEH: = HC CH
Va AN 4
DCH = RaNC /C:Ii\I 11\1:(;\
SH CH, CHz—CH, ClIs

011 IO,
CH=NRN=CH

SEH:: R = (CHa):
STH:: R = (CH2)s
SDH:: R = (CHy)
SPTH:: R = (CH2)sNH(CHbz)s

Sril:: R = Ej
|

SNH:: R =

818
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ISOTOPIC TRACERS IN INORGANIC CHEMISTRY 819

asterisks. Within a periodic group the exchanging species are arranged in order
of increasing complexity. The species indicated are not necessarily those existing
under the conditions of the exchange (e.g., pH will govern the predominant form).

Ezxchange conditions: Columns 3 and 4 indicate the concentration (in normali-
ties or molarities) of the exchanging species listed in columns 1 and 2, respec-
tively. Column 5 refers to any other important condition(s) used in the experi-
ment. Unless otherwise indicated, all experiments were performed in water.

Ezchange rate: Times listed in column 6 denote the exchange half-times. The
letter N preceding a listed time signifies that <5 per cent exchange occurred at
the highest concentration and temperature conditions. The letter C preceding a
listed time indicates > 95 per cent exchange occurred (usually within the separa-
tion time) at the lowest concentration and temperature conditions. All tempera-
tures refer to 20-30°C., or room temperature, unless otherwise specified.

Szilard—Chalmers evidence of bond lability (fast or slow) is given only when no
direct exchange results are available. When 110 quantitative information is avail-
able the rate is denoted simply by ““fast” or “slow.”

Remarks: Included in this column is an indication that a kinetic study was
accomplished (IX), that an activation energy for a simple mechanism was
obtained (E = z kcal./mole), or that the exchange was photosensitive (P).

References: When more than one reference is given, then the conditions of the
exchange refer to the first reference and, unless otherwise stated, the results of
the other studies confirm the general conclusions of the first.

VII. IsororE ErrFEcTs IN ExcHANGE REACTIONS

In many isotopic exchange studies it is assumed that the reaction rate of the
labelled molecule is identical with that of the “parent’” molecule. However, the
fact that isotopes such as D, N, and O8 can be concentrated by various chemi-
cal techniques is but one practical example of significant differences in isotopic
reaction rates. The purpose of this section will be to examine the expected mag-
nitude of such “isotope effects” and the limitations thereby imposed on quanti-
tative exchange studies. It will also be indicated how a knowledge of isotope
effects can be applied to the elucidation of the structure of exchanging molecules.
TUnless special new principles are involved, no mention will be made of the iso-
tope effects exhibited by deuterium- or tritium-labelled niolecules, since thorough
reviews on hoth types of reactions have been recently published (193, 475).

A. THEORETICAL TREATMENT

The calculation of isotope effects in exchange reactions can be placed on a
relatively firm theoretical basis. Consider the general exchange reaction:

aA + bB* = gA* + B

where the superscript * denotes the heavier (normally the labelling) isotope. We
may write the equilibrium constant of this reaction as:

K= (A\* > / (%)b 26)
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the quantities (A*/A) and (B*/B) being the specific activities (or per cent atom
abundance) of A and B. In most reactions the equilibrium constant should be
unity if no differences in isotopic reaction rates occur; i.e., at exchange equi-
librium the specific activities of the A and B molecular species should be equal.
Conversely, a deviation of K from unity will indicate the existence of an isotope
effect. For comparison purposes, an isotope effect will be defined by the relation:

Percentage isotope effect = 100(K — 1) (27)

the chemical exchange equations being always written such that K > 1; e.g.,
if K = 1.0775 then a “7.75 per cent isotope effect’”” will be said to be operative
in the exchange system,

From statistical mechanics, equation 26 may be written in the form:

Qv>“ / <QB'>Z’

K = < - (28)
Qa Qs

where the Q’s indicate the total partition functions of the indicated molecules.
The equilibrium constant for an isotopic exchange reaction may thus be derived
directly from the calculated partition-function ratios for the two pairs of isotopic

molecules. The partition-function ratio for two isotopic molecules is expressed
rigidly by the equation:

* A\ 32 .
@ -5(%) T /g @
where o, ¢* are the symmetry numbers of the isotopic molecules, 3/, M* are the
molecular weights, and E;, E} refer to the energy of the it* state of the respec-
tive molecules. All these energies are calculated relative to the same minimum
of the potential energy curve, the shape of which is assumed to be the same for
the two isotopic molecules. Expressing the total partition function as a product
of the separate translational, vibrational, and rotational partition functions
(since a ratio is only involved, the electronic partition function can be neglected
for all but hydrogen isotopes) and employing the Teller—-Redlich product the-
orem, Urey (459) has shown that equation 29 reduces to the form for a poly-
atomic molecule:

Q*> / m >3."2n - 'Z,LT e—u:n’2 1 — e—u,'
= (= }{ =T 2T ° 30
f (Q &m* O'* IzI U e—u¢/2 1 — e—u; < )
where u; = hew;/kT and w; is the frequency (strictly the zero-order frequency)
of the ¢t vibrational mode of the appropriate molecule,
m, m* = the atomic weights of the isotopic atoms,

n = the number of equivalent exchangeable atoms or groups,
and f is conventionally called the ‘“isotopic partition-function ratio.” For a
diatomic molecule f is given by the analogous equation:

3 Q* m 3/2n e u* e—u‘/21 _ e—u
I= (U m* Cetu e ] — v (30a)
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The equilibrium constant of the general exchange reaction may then be written
as simply:

K = fs/fe 31

Whereas the calculation of the total partition function of a single molecule
is quite complex, the estimation of an isotopic partition-function ratio is com-
paratively straightforward. The expressions for f do not require a knowledge
of moments of inertia but simply the various vibrational frequencies of the two
isotopic molecules. For the purposes of numerical calculation, equations 30 and
30a may be simplified into more convenient forms. Urey (459) has defined the
quantities:

Xi = (i + uf)/4 (32)
8 = (we — ud)/2 (33)

and equation 30 becomes for all isotopes except those of hydrogen
Inf=In(¢/c% + }: In (uf/u;) + }: coth x:; (34)

with an analogous equation for diatomic molecules. Bigeleisen and Mayer (55)
quote an alternative expanded form of equation 30 such that:

f= ;i* (1 + S G(us)Auy) (35)

where
Au; = u; — uf (36)
and

G (us) =%—i+ !

Usg e¥t — 1

(37)

Numerical values of the function G'(u;) are listed for values of u; varying from
0.00 to 25.00 at intervals of 0.10.

The deduction of equation 30 is based on several assumptions. The assump-
tions that the vibrational molecular motions are harmonic and that there is no
interaction between vibration and rotation are open to some criticism, as is the
use of observed fundamentals (v) rather than zero-order frequencies (w). When
sufficient data are available to make allowance for such effects, the error incurred
by the assumptions is not as great as might be imagined; e.g., at 273°K. the
corrected f values for Cltsubstituted carbon monoxide and liydrogen cyanide
are 1.2162 and 1.2805 compared to the uncorrected values of 1.2155 and 1.2815
(440). In other molecules the errors may be greater, but the lack of suitable data
precludes correction for such effects especially for polyatomic molecules. In the
case of exchanges between gases and liquids, neglect of the relative vapor pres-
sures of the isotopic compounds may lead to errors of up to 1 per cent in the
caleulated exchange equilibrium constants (459). Nevertheless it will be ap-
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preciated that becauge a ratio of f values is employed in the caleulation of ex-
change equilibrium constants, errors, which niay be quite large for single
molecules, tend to cancel out. Under normal temperature conditions (0-100°C.)
the uncertainties enumerated may only amount to an error of a fraction of a
per cent in the final exchange equlibrium constants. Thig is well within experi-
mental errors encountered in most tracer experinients.

Fixcept for deuterated molecules, the vibrational frequencies for isotopically
substituted molecules are frequently unknown and must be calculated from the
frequencies of the normal molecules. IFor any diatomic molecule, the harmonic
oscillator approximation relates the vibrational frequencies to the reduced
nasser (p) of the isotopic molecules thus:

wp W = \/u’/u* = p (38)
anid for the anhnrmorne coefficients:
% % 2 .
WeXe = P WeXe (39)

aiways assuming the force constants for the isotopic wolecules to be identical.
Tor polyatomic niolecules, the Teller-Redlich product rule (236) gives the
product of the «*/w values for all vibrations of a given symmetry type as a func-
tion of the musses of the atoms and the geometrical structure of the molecule.
When more than one genuine vibration helongs to a particular symmetry type,
then insufficient independent cquations are available for caleulating separate
frequenicies. Recourse must tlien be made to normal vibration equations, of
wliich the valence-force approximation is most suitable. For instance, the stretclh-
ing frequencies (v, v3) of a linear XY'7Z nwolecule (e.g., HON) are given hy:

4] 4 vi) = Iy (1 + i) + ey (_]., + i) (40)
m My m

z ] me

L 4T me 4+ m My,
167 iy, = _‘f___LM lf] lu'g (-}1)
My My My

If ihe molecule is isotopically =ubstituted on atom Y, then the isotopic fre-
quencies will be given by:

i 1 | 1
V.l.li + v, h (”7.: ™ 771;) + (m; + m>

TEa (1 1 1 (2
Vi
. ) 1 <‘—- + —*> + k| — + “‘>
m.  m, My M.
Mo My e oy 4 ms (43)

w9
vive omy, Ms + my + m.

where &1 and ks, the stretching force constants for the X--Y and Y—Z bonds,
are assumed to be equal for the isotopic molecules and ¢ denotes the isotopic
species. For more complex niolecules the isotopic frequencies will be a funetion
of atomic masses, force coustants, and bond angles. In actual practice the com-
putation of the isotopic frequencies is often the most time-consuming part of
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the calculation of f values. Whilst normal vibration equations never conipletely
describe the vibrations of a polyatoniic molecule, they are quite accurate in
cstinlating isotopic spectral shifts.

The magnitude of an exchange equilibrium constant depends ou the relative
magnitudes of the isotopic partition-function ratios (f) for the two molecular
species. Tuspection of equation 30 shows that the value of f for a pair of isotopic
molecules depends on (a) the ratio of symnietry numbers ¢/¢* and (b) the spectral
shifts on isotopic substitution. The ratio ¢/o* is always unity if the molecule
contains either one exchanging atom or several structurally equivalent atoms
all undergzoing exchange. Since this situation is encountered in all normal isotopic
exchange reactions, the symmetry number ratio may be ignored in suhsequent
discussions. The ratio ¢/¢* differs from unity only when homomolecular (*ran-
domizing” or ‘“scrambling’’) exchange reactions are studied. In practice this
only arises with enriched stable isotopes and tritium. For examnple, in the ex-
change system:

COY + CO° = 200180
the equilibrivn1 constant will be given by

2
Ko T80 (1,16 44
' olsas @@ (44)

Tie symmetry number of a olecule may be defined as *‘the number of indis-
tinguishable positions into which the molecule can be turned by simple rigid
rotation” (482). Two such positions exist for the O¥—C-—0¥* and OB8—C—Q¥
molecules but only one for 0%—C-—0%, The syininetry number ratio will then
be 2 X 2/1? = 4. Furthermore, to a very good approsimation the partition
function of a molecule such as COBO is the geonietric mean of those for CO3
and CO;® (the “rule of the geometric mean’ (53)). The expected exchange equi-
librium constant would be 4; the accurate calculated wvalue is 3.9990 at 0°C.
(159). Similarly for N honiomolecular reactions, e.g.,

N3 4+ NP° = 2NuNw

the expected value of 4 is very close to that calculated of 3.9918 at 0°C. (459).
Regardless of its value, the ratio of symmetry numbers cannot lead to isotopic
enrichment since it merely represents the relative probabilities of forming sym-
metrical and unsymmetrical molecules. Therefore isotope effects in exchange
reactions must arise from effect (b).

The magnitude of isotopic spectral shifts (and hence f) is determined by the
Torm and size of the molecular vibrational frequemncies, the temperature, tlie mass
difference between labelling isotope and parent 1uclide, and the atomic weight
of the element undergoing isotopic substitution. For compounds of a given
element the value of f at a given temperature will be greater the higher the vibra-
tional frequencies in the molecule. Table 11 lists typical data for the C!* exchange
of the eyanogen halides with free cyanide ion (440). It is seen that the isotope
effect steadily decreases with decreasing vibrational frequencies. Therefore sub-
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TABLE 11
Ezchange of C'-cyanogen halides with cyanide ton
Halide » l ve* 1 12 l fora 100 (K - 1)
cm.~1 | cm,~1 : PN |
|
CIC®N........| 720 | 807 ' 2201 | 1.2092 9.02
CIC*N.......... 718 l 378 I 2102 i
BrC:N......... 580 ; 368 l 2187 | 1.2824 7.61
BrCHN..... ... 67, 82 L o20m |
‘ 1 i
ICuN........... 470 1 321 ! 2138 ! 1.2650 ., 6.15
ICHN........... 457 i 304 ; 2066 | |

* v is doubly degenerate.

stantial isotopic discrimination may be anticipated in any exchange reaction
between one molecule having high vibrational frequencies (strong bonds) and
the other molecule having low vibrational frequencies (weak bonds). This im-
portant generalization is the basis for many applications of exchange isotope
effects to chemical problems. The greatest isotope effects will oceur when one of
the exchanging species is an atom or a free monatomic ion of the element, for
which the value of f is unity.

The value of f tends to a maximum value of (1 4+ Aw,/2) at low temperatures
(equation 35), this value being simply determined by the difference in zero-point
energies for the two isotopic molecules. At very high temperatures the value of
Au; becomes vanishingly small and no isotope effect occurs. A typical variation
in an exchange equilibrium constant with temperature is for the system:

CB0 + C20, = CB0, 4+ CH20

10K ~ 1. 1 sls6ls
2 " 208 | 4

Bigeleisen (51) has pointed out that for several isotopes of a single element
the relative isotope effects are directly proportional to the mass difference be-
tween the respective isotopes and the parent nuclide. Thus tritium isotope
effects will be twice those for deuterium, and carbon-14 effects twice those for
carbon-13. This can be seen from an inspection of table 12. Tudge and Thode
(456) have calculated equilibriuni constants for $3/8% exchange systenis and the
isotope effects for 8%/3% exchanges; i.e., 100(K — 1) will be simply 1.5 times
those quoted values. Similar considerations apply to CI¥/CI® and ClI#/CI®
exchanges. For all the exchange systems listed in table 12, the tracer isotope
will preferentially concentrate in the first-nanied species of the pair.

The exchange equilibrium constants approach unity with increasing atomic
weight. Fluctuations do oceur in this trend, owing to the influence of additional
vibrations in some conipounds and to the varying vibrational frequencies among
analogous compounds. It will be seen that for tracers above atomic weight 40,
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TABLE 12
Some typical exchange equiltbrium constants
Exchanging Reactants L100(K ~— 1) Exchanging Reactants 100K — 1) Reference
C10-C120 9.4 C18042~-C1204 1.2 (459)
Ou0-C120 18.8 CuO2--C120g 2.4 (440)
N130,-N14O 4.0 N150;—N1O» 5.3 (422)
(COY-COne 1.3 (COPH-(col s 2.2 (459)
S840~ (S5 /8 3.4 8405-8820, 4.1 (436)
83505~ (831 /8 5.1 $8505-5820, 6.0
CIe10,~(C1F)H 2.7 CB0~CI10, 1.8 (459)
C1es0;- (C1H} 4,0 Cls04~CI30, 2.7
BraiQ;—(Br'%# 0.8 (459)
112805 (I} )Y 0.28 (459)
TmO;—(I'7) 0.56

very little isotopic discrimination is likely. Measurable isotope effects are very
likely for the important elements carbon, nitrogen, oxygen, phosphorus, sulfur,
and chlorine in addition to hydrogen. For carbon, nitrogen, and oxygen exchange
systems, effects up to a maximum of 20 per cent are possible provided of course
that the exchange in a given system proceeds at a convenient rate. Isotopic par-
tition-function ratios have been calculated for isotopes of hydrogen, lithium,
boron (459), carbon (440, 459), nitrogen (422), oxygen (459), sulfur (456), and
chlorine, bromine, and iodine (459).

B. LIMITATIONS IMPOSED BY ISOTOPE EFFECTS IN EXCHANGE REACTIONS

The general first-order exchange law (Section II) was first derived by McKay
(325), neglecting the possibility of isotope effects. If isotope effects do occur
(218), then the exchange still proceeds according to an accurate first-order rate
law provided the tracer concentration is negligible. For simple bimolecular
exchange mechanisms, the first-order rate law holds to within 1 per cent for
even 100 per cent abundance of ‘“‘tracer’ isotope if the isotope effect is less than
2 per cent (77). For an isotope effect of 10 per cent the first-order law is only
followed up to 20 per cent tracer abundance. In the case of a dissociative type
of mechanism the first-order law is again followed accurately for isotope effects
up to 10 per cent and tracer concentrations up to 10 per cent abundance. For
tracer concentrations above these limits significant departures from the simple
exchange law are possible. Apart from deuterium, such effects are only probable
in highly enriched samples of C'3, N, or O,

Although most exchange reactions will therefore be adequately described
by a first-order law, neglect of isotope effects can introduce serious errors in the
deduction of rate constants from kinetic studies. The observed exchange rate
is that for the tracer, but the purpose of an exchange study is to determine the
exchange rate for the unlabelled “parent” compound. Harris (218) has shown
that for an isotopic exchange proceeding via a bimolecular mechanism and
exhibiting significant isotope effect, the rate law Is:

—2303 eab

———— logw(l — F) (45)

R = i ea + b
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(compared with equationr 1). The isotope effect factor e is identified with the
exchange equilibrium constant, K. The rate of the exchauge should therefore
be calculated from the measured exchange half-time thus:
0.693 eab
R = 297

i ea+ b
Furthermore it is common practice to calculate z, from the simple equation 4.
If an isotope effect is operative, the tracer will preferentially concentrate in
one of the exchange species. Under these conditions the appropriate expression is:

Tw = ebxo/ea + b 4N

(46)

for BX* initially labelled.

If isotope effects were neglected, the exchange rate (R’) calculated from equa-
tion 5 would obviously be in error, this error varying with the concentration
ratio f = a/b. The relation between the apparent rate R’ and the true rate (R),
i.e., the exchange rate of the unlabelled niolecules, is:

RVR =1 — <€_Z€J>(f_i_1> (48)

For the isotopes of the important elements carbon, nitrogen, and oxygen, an
isotope effect of 10 per cent is quite possible; i.e., e = 1.10. For f = 0.1, the error
in R’ is 8.3 per cent; for f = 1, 4.5 per cent; and for f = 10, 0.8 per cent. Hence
if the existence of an isotope effect is suspected in an exchange yet cannot be
measured, the true rate can be determined by exchanging a high concentration
of an unlabelled reactant with a low concentration of labelled reactant. How-
ever, the more satisfactory procedure is always to caleulate or measure the
exchange equilibrium constant.

A knowledge of isotope exchange equilibriuni constants is essential in pre-
cision mass-spectrometric analyses depending on equilibration of one compound
with another. A notable example is the analysis of H:('® by equilibration with
carbon dioxide (110), for which the equilibrium constant is 1.047 at 25°C.

The occurrence of isotope effects in exchange reactions is an important causc
of variations in the isotopic abundances of chemicals derived from natural
sources. A knowledge of the equilibrium constants is of substantial importance
in drawing conclusions as to the previous history of samples but such geochemical
topies will not be pursued further in the present review.

C. EXPERIMENTAL EXCHANGE EQUILIBRIUM CONSTANTS

An exchange equilibrium constant is most readily determined by the measure-
ment of the equilibrium isotopic composition of the two exchanging molecular
species (equation 26). Since isotopic equilibrium is reached in eight or ten ex-
change half-times, this method presumes a knowledge of the exchange rate. It
should be appreciated that these equilibrium measurements demand high pre-
cision in isotopic assays. Frequently the isotope effect is not greater than 10
per cent, a value which is becoming comparable to the experimental errors es-
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pecially for radiotracers. Moreover it is important that the separation pro-
cedure does not disturb the isotopic compositions of the two molecular species.
A system in which such effects are serious is the C1* exchange between cyanogen
iodide and cyanide ion in dioxane solutions (261), for which the calculated equi-
librium coustant is 1.052 at 30°C. (440). The observed equilibrium constant is
the ratio of the specific activities of the cyanogen iodide fraction to that of the
cyanide-ion fraction; the following results were obtained at 30.6°C.:

K................ l 1.08 + 0.02 ’ 1.15 == 0.02 5 1.18 == 0.03 I 1.28 4 0.02 | 1.29 = 0,03
Per cent dioxane. . 0 | 20 ! 28 ; 40 i 60

In dioxane solution the rate of the exchange is very fast compared to the rate of
precipitation of cvanide ion as silver cyanide. It was postulated that there was
an igotope effect in the precipitation reaction and that the system continuously
equilibrated with the remaining cyanide. Under these conditions the observed
equilibrium constant will vary with the relative concentrations of cyanogen
iodide and cyanide ion.

Frequently secondary decomposition reactions become serious when an ex-
change reaction must be equilibrated for some ten half-times. Melander (328)
has considered the exchange

AX-I—BX*:%—‘_AX*-I—BX

in which « is the isotope effect for the forward reaction and 8 is that for the
reverse reaction; /8 = K. If y be the isotopic composition of BX (y,at ¢ = 0)
and z that for AX (¢ = 0 at { = 0), then it may be shown that:

dfy _ _aR d/z _, aR ¢
a‘t(gj) = - and a‘t(gj) =ty (49)

Thus the instantaileous time rate of change of the activities in both fractions at
zero time sliould provide a measure of aR, where R is the rate of exchange of the
unlabelled molecules. If AX is initially labelled, then SR could be similarly
measured. Whilst this proposal is theoretically sound it would be extremely
difficult to realize in practice except where large isotope effects oceur. No experi-
mental attempts have yvet been reported.

Another method of estimating the isotope effect is to measure exchange rates
separately with two isotopes of the same element: e.g., T and D; C* and C™.
In both these examples the ratio of exchange rates for the two isotopes will be
in the same ratio as the rate ratio for the lighter isotope compared to the parent
isotope. Yankwich and McNamara (488) found the ratio of C!? to C! rates to
be 1.038 == 0.028 for exchange of carbonate ion with carbonato-bis- (ethylenedi-
aniine)cobalt (I1I), thereby indicating the probable absence of any isotope effect.

With stable isotopes especially, exchange reactions may be conducted in a
cascade or multistage system, thereby amplifying small isotope effects up to
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considerable overall separation factors. For instance, an overall N enrichment
of 2.5 was achieved with the system:

NP®0(g) + HN"Os(aq) = N"*O(g) + HN"Os(aq)

although the equilibrium constant for a single stage was only 1.045 (424). The
preparation of 99.8 per cent N'* has been recently achieved using this exchange
system (425). Similarly a separation factor of 3.0 was achieved by multistage
exchange of NBQO with nitrogen dioxide (423). Repetitive exchange between
gaseous chlorine and aqueous chloride ion yielded an overall C1¥/CI% separation
of 1.048 or an equilibrium constant of approximately 1.004 with the CI¥ con-
centrating in the gas phase (409).

Urey (459) has summarized many exchange systems in which a direct com-
parison of calculated and observed isotope effects is possible; within the rather
large experimental error, reasonable agreement is found. More recently the
equilibrium constant for the g-induced exchange

0, + T, = 2HT

has been measured (321) as 2.87 4 0.06 at 28°C., compared with the theoretical
value of 2.57 (50, 269, 459). The significant difference was attributed either to
the higher effective temperature in the electron beam of the mass spectrometer or
to the fact that an equilibrium in a radiation field (in this case the tritium par-
ticles) niay differ from the thermodynamic equilibrium constant. The latter
point is one of considerable interest and merits closer attention. A similar effect
has been observed (494) in the recently studied y-ray-induced exchange between
D,0 and dissolved hydrogen. The measured equilibrium constant for the system:

NH; + HD = NH:D + H,

was reported (373) as 5.26 == 0.1 and 4.92 == 0.1 for duplicates at 295°K.; the
calculated value is 5.82 (281). The exchange equilibrium constant for the system

C1*0 4+ COCL = CO + CHOCl;

is adequately predicted over a 500°C. temperature range and a variety of ex-
perimental conditions (431, 433). The relatively large isotope effect, e.g., 9.9
per cent at 20°C., was shown from kinetic studies (435) to arise from a multipli-
cation of isotope effects for the equilibrium:

COCl= C0O 4 Cl
and for the decomposition reaction:
COCl + Cl; — COCl; + Cl

Substantial data have now accumulated on isotope effects in systems of the
type:
CO(NH3)4CO3+ + HCMO?,_ = CO(NH3)4C“O3+ + HCOg_

for which Stranks and Harris (438, 439) first reported an equilibrium constant
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of 0.875 at 0°C., increasing steadily to 0.900 at 30°C. The C" tracer thus concen-
trated in the free carbonate ion, which is presumably the more strongly bonded
state of carbon. For the corresponding ethylenediamine complex Co(en).CO;™,
Yankwich and McNamara (488) reported an equilibrium constant of 0.991 4+
0.014 for C' exchange and 0.990 = 0.019 for C" exchange at 25°C. Stranks
claimed (432) that a distinct isotope effect occurred in this system with K vary-
ing from 0.981 = 0.005 at 0°C. to 0.993 =+ 0.005 at 56°C. for C! exchange.
The difference between the magnitude of isotope effects for two apparently
similar complexes has been attributed (216) to the existence of the second com-
plex in the monodentate form

0]

/
{en); Co 0
OH.

as distinct from the bidentate form for the other complex
0]

7N\
(NHS),Co C=0
0

in which considerable modification of the carbonate group could occur. In support
of this view the monodentate complex Co(NH;);COs* exhibited (432) an equi-
librium constant of 1.0000 == 0.0055 at 0°C. Saito and Lazard (411) have recently
repeated the measurements on the tetrammine complex and, using unenriched
C® for both complex and carbonate, observed an equilibrium constant of 1.00
(compared to that expected from the C!" results of 0.95). However when labelled
carbonate ion was used, K varied from 0.85 to 0.97 for C!* exchange and from
0.94 to 1.00 for C® exchange. The equilibrium constant more nearly approached
unity, the more the complex was “purified” by recrystallization. These observa-
tions seem compatible with the existence of a nonexchanging impurity in the
carbonato complex, but Saito and Lazard could find no additional evidence for
this impurity. However there appears to be some correlation between the water
content of the solid carbonato complex and the expected percentage impurity
(e.g., a sample for which Saito and Lazard observed K = 0.94, corresponding
to an impurity of 6 per cent, has a water content of 0.90 mole of water per mole
of complex; another sample having an expected impurity of 15 per cent has a
water content of 0.79 mole of water per mole of complex). A provisional ex-
planation may be that the bidentate form of the complex is not in rapid equi-
librium with the monodentate form Co(NH;),CO;-H:Ot and the former is the
nonexchanging entity. A variation in the equilibrium constant with temperature
would thus be the gradual irreversible conversion of the bidentate form to the
monodentate form. With more study, investigations of this type of system may
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throw light on the actual form of existence of coérdination complexes in
aqueolls solution.

In studying the exchange of Ho.0' with the first hydration sphere of cations,
¥eder and Taube (165) have observed distinct fractionation effects. The general
equilibrium may be 1epresented as:

0" + FLOP = M0 + H.0!

for which

{(H0)

K - [HO)] / (1.0°] _ Wi/ we

(H0:"] (H.017] W3 Wy
where the W’s represent the number of water molecules. Setting W%/ I7}° = R
(R, is the ratio with no salt present,) then it follows that the fractionation factor,
a, is given to a good approximation by:

a= (RyR — 1) = nm(k — 1)/55.5 (31)

where m 18 the molality of the solute and n the number of water molecules in the
first hydration sphere. It is found thiat the quantity «/m is a function solely
of the cation; e.g., a/m is equal for magnesium chloride and magnesiuin per-
chlorate or for sodium chloride, sodium iodide, and sodium perchlorate, but is
different for magnesium chloride and sodium chloride. Moreover « is a linear
function of m up to 12 molal solutions. A substitution inert ion such as Co(en);**+
lias a very small value of a/m. The exchange equilibrium between the cationic
hvdration sphere and other water molecules is 11 competition with the equilibrium

H01(1) + H.0%(g) = H05() + H0%(g)

which has a value of 1.0088 at 25°C. (466). Wlen the bonding in the hydration
sphere is strong, a relatively large fractionation effect will offset this opposing
equilibrium and « is observed to be positive with (' concentrating in the hydra-
tionn sphere: e.g., AlFT+ Mgt 1it, Agt. Couversely, with relatively weak
bonding in the hydration sphere « becomes negative: e.g., C¢+, NH,", K+. In
the case of sodiuni ion the two opposing fractionation effects balance and «
is zero. From such measurenients the produet of the hydration number, n, and
the excliange equilibrium constant for the hydration sphere, K, is obtained.
The problem remaining is to separate this product and determine n. The most
promising approach seems to be (446) the comparison of observed effects for
unknown cations with that for a known cation such as Crif or comparing the
metliod with a method based on the electrouic absorption spectrum of colored
cations of known hydration number in inert solvents (175). Direct calculation
of K according to the methods outlined above is rendered very difficult because
of the lack of suitable spectroscopic data.

Taube (446) has suggested that this exchange equilibrium approach may
be quite useful in solvation studies in liquid ammonia in which solvent-solvent
interaction is less and the lower temperatures attainable will enhance the dis-
crimination effect. Another application would be to a study of outer-sphere



ISOTOPIC TRACERS IN INORGANIC CHEMISTRY 831

association, i.e., whether a ligand actually replaces coérdinated water or whether
it interacts by outer-sphere association. Only when the ligand replaces the water
will any marked change in the fractionation effect occur.

No difference was observed in the rates of exchange of C*0 and CMU with
carbon monoxide adsorbed on iron at —78°C. (145). However, O is preferentially
adsorbed on copper surfaces (43), presumably owing to an exchange equilibriuni
between gaseous oxygen molecules and chemisorbed oxygen atoms. This isotope
effect appears to be greater for the chemisorbed layer than for oxide films of
150-2500 A. thickness. Dole and Lane (134a) have found that O is preferentially
chemisorbed on clean metal surfaces at room temperature. Steel surfaces exhibit
a 2.5 per cent O¥/0" equilibrium effect, whilst the effect varies from 7.4 to 5.2
per cent for copper, depending on the extent of oxidation of the surface. The
authors hope to gain information on the niechanism of the formation of oxide
films from such studies.

VIII. Tur TracinGg oF TaceeED AroMms THRoUuGH CREMICAL REACTIONS
A. DETECTION OF BOND CLEAVAGE

The oceurrence of bond fission during a chemical reaction can be easily shown
by carrying out the reaction in the presence of the suspected fission fragment
suitably labelled. Provided direct exchange processes are unimportant, then
appearance of labelling in the product(s) supports bond cleavage during the
reaction. Two simple examples will make this clear.

Inactive potassium chlorate decomposed in the preserce of labelled potassium
chloride at 510°C. to inactive potassium perchlorate (60, 73). This indicated
that complete bond cleavage of the chlorate to chloride did not occur during the
deconposition and excluded a proposed mechanism (188):

KClO; — KC1 + 30

KCl + 40 — KCl0,4

The complex ion Co(NHs)sCIH+ reacts rapidly with a slight excess of Crid
in perchloric acid to form CrCl?+, If this reaction was carried out in the presence
of excess Cl*~, the amount of active chlorine found attached to the final CrCI*+
was less than 0.5 per cent. This immediately confirms the suspicion that during
the electron-transfer reaction the cobalt—chlorine link is not severed until after
the chromium—chlorine link has almost formed, and that the activated complex
must have an arrangement

[((NH;)5Co---Cl---Cr]#+

permitting the chlorine transfer from cobalt to chromium without exchange
with chloride ion in solution (449, 450). Neither Co(NH;);Cl2+ nor CrClt ex-
changes chlorine rapidly with chloride ion in aqueous solution.

By a logical extension of this method it is possible to differentiate between
an intramolecular and a dissociative mechanism for a chemical reaction. Murmann
aind Taube (335) have investigated the Co(NH;)sONO*-Co(NH;)sNO2
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isomeric change using oxygen-18. This isomerization is believed to be intramolec-
ular from the facts that the rate in solution is independent of nitrite concentra-
tion (370) and that the change occurs easily even in the solid state (12). It was
observed (335) that when OB.enriched Co(NH;);0NO* (either oxygen atom
labelled separately) isomerized in the presence of normal nitrite ion in normal
water at pH 5 or 6, no equilibration of oxygen occurred. The intramolecular
mechanism was therefore confirmed and was pictured as:

0 o+
[(NH3)sCoONO2+ — | (NH;)s Con —  [(NH;)s CoNO; >+

|
\
0]

The nitrito (or nitro) compound was converted into nitrite ion, which with sodium
azide under carefully controlled conditious gave nitrous oxide (see below), which
is easily purified and can be analyzed directly in a mass spectrometer. No diffi-
culties arise from exchange between Co(NH;);ONO>* and H:0 or between
Co(NH;)sNO:2t and nitrite ion under the conditions of the transformation.

A useful and novel way of detecting bond cleavage during chemical processes
is by utilizing the phenomenon of “randomizing” (Section VII,A). The method
is normally limited to stable isotopes (apart from tritium) which can be obtained
in high enrichments. Using a remarkably similar approach Higginson and Sutton
(239) and, independently, Cahn and Powell (89) investigated the mechanism
of the oxidation of hydrazine by various oxidizing agents. N¥-enriched hy-
drazine containing amounts of the various possible species governed by the
equilibrium:

NBH,NTPH, + NFMHNMH, = 2NBHNH,

N 15 J 14 2
K = (NCHNUH] =4 (Section VILA) (52)

(N1 H N H,] [N HNMH,]
was mixed with an excess of “ordinary’” hydrazine. In the mixture the statistical
equilibrium requirements will, naturally, no longer be satisfied. If in the oxida-
tion of this mixed hydrazine no N—N bond fission occurs, then the nitrogen
gas produced will have precisely the same abundance ratios 29/30 and 29/28
as those calculated for the hydrazine mixture with 29/30 X 29/28 # 4. This is
the situation when the 4e oxidants I0;~, TI(ITI), or Fe{CN)s~ are used:

; —4 ;
R2H4 ——e’ 32

and this means that, for example, postulated bimolecular schemes of the following
type are untenable:

N2H4 hd HgN——N hd HQX—_‘N=:\.—_‘NH2 b d N2H4 + Nz

With other oxidants, however, less than four equivalents of oxidant per hy-
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drazine molecule are used, and ammonium ion is formed as well as nitrogen.
This shows that some nitrogen-nitrogen bond cleavage must occur during the
oxidation, the amount of which can be estimated from the extent of approach
to the statistical equilibrium (‘“randomization”). Although the limiting le~
oxidants of hydrazine are not attained in practice, Ce(IV) closely approaches
this behavior; the evolved nitrogen is now almost 50 per cent randomized and a
short extrapolation to the ideal le— oxidant indicates that in this case half the
total nitrogen canie from a single hydraziiie molecule and half from two separate
cleaved hydrazine niolecules. Clearly, schemes which have been suggested like

N:H, - NHoNH — NH.NHNHNH:; — 2NH; + N;

are not valid here either, because this would lead to 100 per cent randomizing.
The mechanism suggested from this study involved the initial steps:

a a b b
2H,NNH; — 2HNNH- — HN—NH—NH—NH,

Since the middle nitrogens a and b originate from different hydrazine molecules,
loss of terminal N'H, successively to form ammonia would mean that complete
randomizing would be expected to occur:

a a b b a a b b
H:N—NH—NH—XNH. — H;N 4+ HN=N—-N\I,
a b b a b b
HN=N—XH; — X=X\ -+ NH;

If, however, the imtermediate N;H; underwent tautonierism, rapid compared
with the rate of loss of the final ammonia, the nitrogen evolved would in this case

a b b a b b a b b
HN=N-—NH, = H;N—N=NH = H;N 4 XN=N
b b
originate from one hydrazine molecule (H:NNH;) and the combined behavior
would account for the observed 50 per cent randomization only.

Many oxidants such as Fe(III), V(V), and Cr:0+, behave in an intermediate
fashion and with simultaneous occurrence of the two types of reaction. In con-
sidering its isotopic composition the evolved nitrogen in these cases can be
regarded as made up of nitrogen (a) unrandomized and (b) randomized. A
straight-line plot of percentage randomization of nitrogen gas against per cent
nitrogen gas by one-electron oxidations (froni the oxidant stoichiometry) can be
constructed, and the experimental results for various oxidants (using excess,
to avoid isotope fractionation effects) are found to lie on this plot with the oxi-
dants iodate ion and Ce(IV) at extreme ends of the line, thereby giving support
to the dual mechanism.

Obviously such an approach is not possible by radicactive tracer methods, since
a determination of “fine structure” is necessary by some physical method, such
as mass spectrometry.

The randomizing of highly enriched O'8 oxygen gas by “normal” ozone has
been studied by Ogg and Sutphen (363, 364). A very thorough discussion of the
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experimental methods and of the interpretation of mass-spectrometric exaniina-
tion of products, ete. is included in the paper describing this work (364).

So far the discussion has been concerned only with the detection of bond
cleavage. Frequently when more than oiie mode of breakage is possible, tracer
studies can detect the position of bond cleavage. Once again the principle in-
volved here is simple. A reactant molecule is labelled at a particular position and
made to react; the pure products, after separation, are analyzed for the tagged
atom. To illustrate this point one might consider the reaction between nitryl
chloride and nitric oxide, for which two mechanisms may be formulated. Mecha-
nism 1 involves transfer of a chlorine atom, while mechanism 2 involves transfer
of an oxygen atom:

0
N*=Cl + NO — O0.N* + CINO )

0

0

N . , ,

_N*=Cl + NO — ON*Cl + NO 2)

s

0

If the nitryl chloride were tagged with nitrogen, then the tagged nitrogen would
appear in one or other of the products depending on whether mechanism 1 or
mechanism 2 applied (173). The success of such an experinient must depend on
the nonexchange between nitrogen dioxide and nitrosyl chloride and between
nitric oxide and nitryl chloride. Three examples taken from widely different
researches will be used to illustrate the potentialities of the method.

Bunton and Llewellyn (82) have determined the actual position of bond
cleavage in tracer experiments reminiscent of the classical ester-hydrolysis ex-
periments of Polanyl and Szabo (379). The aquation and hydrolysis of
acetatopentammino-cobalt(III) ion by O®-enriched reagents produced acetate
ion which contained very little O, proving that only cobalt-oxygen bond fission
oceurred:

H,O% + [(NH3);Co--0—COCH > — [(NHs)sCo(O®¥H:)* + CH,COO-
<SN1 or SN2)
O¥H- 4+ [(NI{a)s,CO‘;_‘O“‘COCHa]H- — [(NH;)sCo(O¥H)]*+ 4+ CH3;COO~ (Sx2)

With trifluoroacetatopentammino-cobalt(III) ion, by contrast, there was sub-
stantially complete fission of the carbon-oxygen bond in the hydrolysis experi-
ment (but not in the aquation experiments), leading to O'-enriched
trifluoroacetate (of content about 50 atom per cent from the water):

O¥H- + [(N'H;)sCo—0-+COCF:]+ — [(NH3)sCo(OH) 2+ + CF,CO0%~  (B,c2)

The accuracy of the experiments did not allow a differentiation between two
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possible bimolecular inechanisins: (I) when one of the two atowms of the igolated
carboxylate will be derived from water (50 per cent), and (II) involving forma-
tion of a short-lived intermediate which will incorporate a small amount of O
and lead to a carboxylate containing slightly more than 50 per cent isotopic
abundance of water.

Mechanism 1I:

l’CF;; NH; NH; 2t ?Fg ITH}\H3 +
OBH- + C—0—Co—NH; — HO®B..CrO—Co—NH; —
Ln N ] N
O NH; NH; O NH; NH;
CF, NH; NH; 2+

| ./
“O"—C 4+ | HO—Co—NH,

I N
0] NH; NH;
Mechanism 11:
NH:; NH; O
AN |
OH~ 4+ NH;—Co—0—C—CF; —
al
NH: NH;
NHg NHs O- NHg I\YH?, QB-

| N\ |
NH,—Co—0—C—CF; = NH;—Co—0—C—CF,
) | e |
NH; NH,  OsH NH; NH, OH

An experiment which throws light not only on the inode of bond fission but
also on the structure of one of the reactants involves the reaction between tetra-
thionate and sulfite ions to form trithionate and thiosulfate ious, first studied and
discussed by Christiansen and Drost-Hansen (98). If the tetrathionate structure
contained a branched sulfur chain, then treatnient of inactive tetrathionate with
active sulfite would be expected to lead to active thiosulfate:

0:8880: + S*0;*~ — 00,8880, + S8*0;*
s
and not, as is observed, to inactive thiosulfate (98).
05888805~ + S*05~ — 0:888*03*~ 4 SSO0s*

This result is best explained by a nucleophilic displacement of a thiosulfate
group in the linear nonbranched polythionate ion by a sulfite ion, as suggested
by Foss (172). The possibility that the middle sulfur atoms are labile (as they are
in certain alkyl polysulfides including diethyl tetrasulfide (205, 206)) and form
thiosulfate with active sulfite is also ruled out by this experiment. Later Fava
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and Divo (159) coufirnied these results in a niore extensive study in which specifi-
cally labelled tetrathionate was decomposed by inactive sulfite and the actual po-
sition of activity in the trithionate determined by mild alkaline decomposition:

288*03~ —11,  0,S*98S*0,
O:S*SS8*0:~ + S0~ — 05880 + SS*0z-
SS*0~ + 2Ag* + H0 — AgsS + HS*O,
20,8880~ + 20H- — 0:8%* + 0,88 + $*02- + SO + 2H+

A final, more complicated example is the reaction between hydrazoic and

nitrous acids to give nitrous oxide and nitrogen (104),

a ba ¢ a ¢ a b
HNNN + HNO; — NNO 4+ NN 4+ H.0

Although it is apparent in this case how the bond cleavage might occur to give
the desired products, tracer methods provide a unique solution to this problem.
The nitrogens of hydrazoic acid and of nitrous oxide are nonequivalent
and do not undergo intramolecular exchange reactions (103, 106). There are
three parts to the study:

(a) The reaction between NaN?®Q, (containing 3.28 per cent N3) and inactive
NaNj; (normal NP content = 0.37 per cent) was initiated by adding 5 per cent
acetic acid solution, and the evolved nitrous oxide was converted to nitrogen gas
by burning with excess hydrogen catalytically on platinum. The nitrous oxide
had enriched N8, while the nitrogen gas had normal nitrogen.

HNNX + HN20, — N3*0 + N,
1.82 0.37 exptl.% N content

0.37 + 3.28
2

(b) Inactive NaNO; and KNPNN (containing 1.52 per cent N'?) were mixed
and reacted as before. Both the nitrous oxide and the nitrogen gas contain N5:

HNBNN® + HNO; — N;°0 + N3°
0.95 0.97 exptl. % N content

1.52 4 0.37
2

These experiments indicate that the middle nitrogen atom (bN) of the hydrazoic
acid is always found in the nitrogen gas.

(¢) A third and final experiment is necessary to find which of the two non-
equivalent nitrogen atoms of nitrous oxide is enriched or whether there is even
uniform labelling. In experiments (a) and (b) only a gross ‘‘tracing” of the nitrous
oxide has been attempted. The actual location is accomplished by reacting puri-
fied nitrous oxide (obtained from NaN??Q.; and NaN;) with sodium amide,

= 1.83 (calculated)

= 0.95 (calculated)
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when the known isotopic reaction (already examined by Clusius (103, 106))
occurs:

NaNNSN B NH, + NBN
20%//
NN HiiNNa
80%\
N

NaNNNB B NH, 4+ NBH, + NBN 4+ NN

The isotopic composition of the azide formed is determined by reduction to
ammonia and nitrogen with hydrogen iodide and subsequent analysis (106).
It might have been expected that only NalNN®XN would have been formed from
the reaction of NN®Q with sodium amide, but surprisingly this is not the case,
a fact only established by tracer studies of this kind. Therefore only NN¥Q is
formed from reaction (¢) and the nitrogen—oxygen bond remains intact through-
out. The results are therefore in agreement with the equation first given and the
postulated mechanism is reasonable.

aba

NNN- + 1\O+ = \* NVO — 1\\ + Nl\O

Clusius has reviewed his work using N1, which consists mainly of examples from
organic chemistry but includes discussion of the techniques involved (101).

B. DETERMINATION OF MOLECULAR STRUCTURE

The observation of tracer movement through a chemical reaction or sequence
of chemical reactions can give information on the structure of an intermediate
which may or may not be stable. When the intermediate is a stable chemical sub-
stance, this method forms the basis of the frequently used determination of the
equivalence or nonequivalence of atonis in a molecule by synthesis and decom-
position. The structures of disulfur trioxide and nickel cyanide, for example,
have been investigated by this means.

If dry sulfur, containing 8%, is added to excess liquid sulfur trioxide and the
blue-green solid obtained (S3°0;) is decomposed by adding dioxane, radioactive
sulfur is re-formed with similar specific activity as the original in addition to
the inactive compound of sulfur trioxide with dioxane.

TABLE 13
Analysis of reaction products from N0

| ;
i Calculated for ‘ Calculated for Calculated for
1:1 Mixture
|
Per cent N5 in Na (found).............. 1.21 124 | 1.68 1.46
Per cent N15in NH; (found)............ T 1.55 1.53 1 0.66 1.10
Total per cent N6, .. . ............... ; 3.96 4,02 | 4,02 4.02
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4+ 80; — 980, U g 4 30,-dioxane

This provides strong evidence for an unsymmetrical formula for 8:0; (23). The
structure SSOs*~ was assigned to the thiosulfate ion in a related manner (18).

Although an attenipt to study the exchange of Ni*** with Ni(CN)> ™ was
tliwarted by rapid precipitation of nickel cyanide, Long (308) has cleverly used
this interaction to show that the latter most probably has the structure
NiNi(CN);. Nickel®® chloride solution was mniixed with potassium tetra-
cyanonickelate at pH 4-8 and the resultant suspension of nickel cyanide treated
with excess alkaline dimethylglyoxime. The nickel dimetliylglyoxime obtained
had the same specific activity as the original nickel and this was explained on the
following basis:

Ni*+ 4+ Ni(CN)& — Ni*Ni(ON),
Ni*Ni(ON); + 2Me;GH — Ni*(MesG): + Ni(ON)#~ + 2H*

A more complicated example of tracer synthetic and degradative studies atford-
ing insight into the structure of an inorganic molecule is the work of Goehring
and Ebert (189). The four sulfur atoms of sulfur nitride, S,Ny, were shown to be
equivalent, in agreement with either the “cradle-like” structure involving many
resonance forms (332) or the “'cage-like” structure based on infrared and Raman
spectra (304). Briefly the niethod involved the formation of salfur nitride from
S(II)- and S*(IV)-containing compounds and its subsequent degradation to an
S(II) and an S(IV) conipound. The equilibration of sulfur activity in the final
products cornfirmed the equivalence of the sulfur atoms i SNy

Sulfur nitride was prepared from the quantitative reaction in pyridine between
thiazyl chloride (CIS*N), and inactive tetrasulfur tetrainnde (SNH),:

HCIS*N); + 3(SNH), — 68iN, + 12HCI

The specific activity of the sultur nitride was one-half of that of the original
thiazyl chloride (hoth assayed as barium sulfate). The decomposition of sulfur
nitride into two sulfur conipounds was effected in two different ways:

ey N,S¥ 4+ pbl, Jaud N hp g,
' N :
§ // \ |
e liquid NH: l/
N&S¥F 4+ Hgle tquid Ny - TIg !\ /S*
(Z) N4Sf + -L(_‘s,l‘l]o.\vl'l g 2<C5H10)‘Y)zs* + 25*<=‘N_'H)2

In both cases the two products had the sanie specific activity, once again in
terms of barium sulfate after oxidation. Table 14 lists molecular structures that
have been investigated by the methods outlined in this section.

The value of tracers in throwing light on even the structure of an unstable
intermediate in a chemical reaction is well illustrated by the work of Taube a1l



TABLE 14

Synthesis and decomposition tracer experiments

Reactants

CuBr(s) + ¢Br; (g1
AuBr(s) 4+ B, (1)
gl + 21+
Plombite* + plumbate

T1*3+ 4 3TI* + 6C1- (or Br-)
PBrs(l) + Br; ()

Sbet + Sb*at

5* + 80;

S* 4 (Colls)sS2

S* + 5052~

(C18*N)s +  #N«f. or
(CI18*N); + 8:NO
SNy + 8*0s

Crz(S04)s + CrOe~

Ni*zt 4+ Ni(CN)~

Intermediate

CuBr; (s)
AuBr;(s)
HgIﬂ‘k
Pb304

211;Cls (or T17Brs)
PBr; (s)

M,S1*Cls

8; O3

(C2H5):S7

S-; Oy

SN

Solid with Cr3*:CrO42~
ratio = 2:1
Ni*(CN):

Modec of Decomposition and Products

Heat; CuBr*(s) + 14Br; (z)

Tfcat; AuBr*(s) + Bri(g)

Agt; heat; Hgl; + 2AgT*

Boiling KOH solution; plunsbite* 4 plumbate
Dilute HNOs; plumbite* + pluinbate*
T1*+ 4 3T1+

Heat; PBry() + Bri(s)

Sb*st  Sb*at

Treat with dioxane; 8% + SOa dioxane
NaOH; 8* + (CaHs)2Be

Silver salt hented in water (18) or heated 5.5

802

Treated with Pbl: and lignid NIl gives
Pb(N=5*)2

Treated with Hgl: and lignid NH; gives
1p(Na2S*)

Treated with CTaN gives (CslluN 8+ +
$*(NT)2

Hydrolysis; inactive 30«

HCI04; Crs (804)s + CrO.—

Remarks References
(381)
@81)
(380)
Lead atoms are uncquivalent (157)
Dilute TINO; induces exchange (cf. 461) (157)
Thallium atoms are unequivalent (324)
(96, 381)
Past SbI11-SbYV electron transfer interferes (457)
Support for 8 = 803 (23)
8—8 links in (C2Hs)2Ss (206)
Sulfur unequivalent in thiosulfute (14, 18)
Lir. (123°) in acicl (14); AgeS* 4 8042 or S* +
NS¢ contains equivalent sulfur atoms (183)
Activity of S3N:«Os is two-thirds that of the original; (191)
shows that 2803 enter 83N20s; hydrolysis result sup-
parts eyclic structure for S3N20s
At no stage are the chromium atans cquivalent 27)
Supports NiNi(CN)4 structure for Ni(CN): (308)

Dimethylglyoxime (MeGIT); Ni*(Mc.(l):
+ Ni(CN)&

AYISIWAHD JINVHDYONI NI SHIOVUL JIJOLOSI

6E8
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Dodgen (447) and of Bothner-By and Friedman (61), both being good examples
of the method and reasoning involved.

The reaction between chlorite and chlorine at neutral pH is very fast and
goes virtually to completion (at this pH chlorine exists mostly as hypochlorite
and chloride)

HOCI + 2Cl0y — 2Cl0; + Cl- 4+ OH-
and
HOCI + ClO;- + OH- — ClO;~ + CI- + H;0

Chlorate 1on is appreciably reduced by chloride ion in strong acid in the fairly
rapid reaction

2017 4 2C10;~ + 4H* — Cly 4 2Cl10; + 2H,0

In both cases when labelled chlorine or labelled chloride, respectively, is used,
the chlorine dioxide evolved only contains ~6 per cent of the activity expected
if random distribution of the activity amongst all the chlorine atoms had oc-
curred (447). The fact that the chloriiie atoms of the two reactants for the most
part remain distinct indicates that the major path is nof via a symmmetrical
intermediate

Cl—Cl

g .

S ~

0 0]

or OCl but via an unsymmetrical one, e.g.,
0]
- ’/
C»l——ClQ
0
The very similar departure from ideality (which would be 0 per cent activity in
chlorine dioxide) in both cases strongly suggests that a cominon intermediate is

involved. An explanation which satisfies these observations and is in agreement
with the observed kinetics of the chloride—chlorate reaction is:

0
HOCI* + ClO; + H' — 01*01< 4 H,0 = Cl* + ClOs + 2H:
0
followed by
0
2C1%CK = Clf + 2010
0

A prerequisite for the success of such an experiment is the demonstration that
ClO~ aud ClO,~ (447), Cl, and Cl0O,~ (447), Cl; and ClO, (132), ClO;~ and ClO,
(132), ClO; and Cl- (132) do not exchange to complicate the interpretation.
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The mechanism of the reaction between nitrous acid and hydroxylamine to
form nitrous oxide has been investigated using both N® and O!® stable isotopes
(61). This study affords a good illustration of the method of assignment of spec-
trometer nass numbers to particular isotopic species and the care with which
this must be carried out. The results showed that when NH,OH - HC! was mixed
with sodium nitrite containing N, the small amount of N¥NB0 produced indi-
cated that no “randomizing” had occurred. Reaction via (say) nitroxyl, NOH
(which has been a postulated intermediate), could therefore be excluded, since
such an intermediate would mean that the two nitrogens of nitrous oxide would
have originated randomly from the two starting uitrogen compounds. The
excess N8 was approximately equally distributed between N¥N™0 and N“NB®Q,
so that the nitrogen atoms originated one from NH:OH and one from NO,~
and a symmetrical intermediate, probably hypouitrous acid, is involved:

—Hg()

NMH;OH + HN®0; ————— HO-—-N"=N¥—OH
-H,0,/ N ~H:0
' .
NMN]EO N15N14O

The reaction at pH = 1 produced about twice the amowmit of N¥N2%() compared
to N'®NM() and a reaction path involving an unsymmetrical intermediate, pos-
sibly N-uitrosohydroxylamine, is now important:

H

H.O

_ AN ~-H,0
NMH,OH -+ HN®#0, — NUNE=0 ——22,  N1N®O

HO

By coucurrently studying this acid reaction in H.O, it was shown that ap-
proximately all of tlie excess oxygen was found as N1N20O® and NHUNU10® and
little, if any, as N1EN10%. Because of this result, rapid O exchiange could not
liave occurred between NH:OH and H,O or HyN:0» and H.O, and O most
probably entered the N1NBO molecule via exchange between HN3(0, or
H,ONN®Q and HsO. Thus from this work information regarding mechanism,
the structure of intermediates, aud exchange processes was obtained, combining
several important principles.

Finally some recent Russian work on the formation of tetrathionate using
radiosulfur (66) demonstrates the advantage of labelled atoms in the elucidation
of mechanism. The example is deliberately chosen in order to show the methods
available for establishing the exact location of tagged atoms in a molecule, a
particularly important consideration withh polyatomic molecules. Potassium
tetrathionate was prepared from S¥-tagged S.Cl, and inactive sulfur dioxide.
The tetrathionate had a specific activity of sulfur one-half the value of that of
the original compound when the original 8;Cl; and the tetrathionate were assayed
ag benzidine sulfate. It is apparent from this result that the two sulfur atoms
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of S;Cl; have been diluted by two inactive sulfur atoms from two sulfite mole-
cules in agreement with the proposed mechanism:

/5032—
SECl, — SHOH), 2807 . &

SO,
(1604 counts/ (818 counts/
min./mg. S) min./mg. S)

The distribution of active sulfur within the tetrathionate was determined by
using the rapid quantitative reaction with cyanide ion.

0:88380,"" + 3CN™ + H.0 — SO + 8i0" + S*CN~ + HCN
(818 counts/ (inactive) (812 counts/ (1560 counts
min./mg. S) min./mg. S) min./nig. S)

and the distribution of active sulfur in the thiosulfate determined by the reaction
with silver ion in hot solution:

S*307 + 2Ag” + H.O0 — AgS* + H.S0,

(812 counts/ (1586 counts/ (inactive)

niin./mg. S) min./mg. S)
The sulfur compounds, after separation, were all converted into sulfate by
Carius oxidation and assayed as benzidine sulfate, as before. The reaction with
cyanide ion is not complicated by SCN——8,05~ exchange (66), and although
S:0¢7—8:04*~ exchauge is rapid (158) it occurs only by intact S:0s2~ exchange
and so cannot affect the activity distribution in the tetrathionate:

0s88*:8*80:7~ + S*S0~ — O88*$*S04 + S*S04-

In addition, the two sulfur atoms of thiosulfate are nonequivalent and do not
undergo mutual exchange. This stability has been particularly useful in the
gynthesis of specifically labelled polythionates.

C. SIGNIFICANCE OF ISOTOPE EFFECTS IN UNIDIRECTIONAL REACTIONS

That the reaction rate of a heavier isotopic molecule should differ from that
of the parent molecule may be seen from an inspection of the Arrhenius equation:

ko= Ae """ (53)

The preéxponential factor, related in the simple collision theory to the collision
number of a molecule, will be reduced on isotopic substitution. Isotopic sub-
stitution will also cause a reduction in the fundamental vibrational frequencies
with a consequent lowering of the zero-point energy of the isotopic molecule. For
most reactions this results in a higher activation energy for the heavier isotopic
molecule (see the recent review by Wiberg (475)). Since for all common elements
the tracer isotope is heavier than the parent isotope, the tracer molecule usually
reacts more slowly than the unlabelled molecule. As for exchange reactions, this
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is most serious for elements of atomic weight less than about 40. A knowledge of
the magnitude of isotope effects is important in interpreting quantitative tracer
results and can lead to valuable conclusions regardimg mechanism.
In accordance with current convention, a ratio of isotopic reaction rates will
be defined as:
reaction rate of the tracer molecule  k*

= : = 54
€~ Teaction rate of the parent molecule k (54)

If a difference in reaction rates does exist, ¢ normally will be less than unity.
The isotope effect in a unidirectional reaction will be defined as 100(1 — ¢);
ie., if e = 0.85, a ““15 per cent isotope effect” will be operative.

In unidirectional reactions, care must be taken to distinguish between “inter-
molecular” and “intramolecular’” isotope effects. The decomposition of CB-
labelled nickel carbonyl (41, 42) involves the following alternative rate-deter-
mining steps:

NI(CO): - Ni(COY)%- + CO

Ni(CO):C*0 -, Ni(CO),- + C*O
Ni(CO)%C*0 —s Ni(C0).C*0- + CO

The intermolecular isotope effect (¢ = 4ky/k;) evaluates the relative rates of
decomposition of a labelled and an unlabelled nickel carbonyl molecule. (The
factor of 4 must be included, since with tracer concentrations of C13, each labelled
nickel carbonyl molecule will only contain one isotopic atom.) Furthermore,
within an individual labelled molecule there is the possibility that either labelled
or unlabelled carbon monoxide will split off and theintramolecularisotopeeffect will
be ¢ = 3ko/I:. The intramolecular isotope effect therefore evaluates the relative
probability of rupture of a C'>—C" bond compared to a C2—C bond.

1. Theory of isolope effects in unidirectional reactions

Wiberg (475) has already described the theoretical treatment by Bigeleisen
of isotopic reaction rates and a summary only will be given here. For the reaction:

AB — products
AB* — products*

where the asterisk denotes the molecule substituted with the heavy (tracer)
isotope, the ratio of rate constants is given by:

L ko O’Zg Qx Q* /u*)l/2

- — 55
k* Ky Og o Qx Q M <O )

where « = the relevant transmission coefficient,
¢ = the symmetry number,
p = the effective mass of the activated complex along the codrdinate of

decomposition,
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€ = the complete partition function for unit volume, and
*refers to the activated state.
Setting the ratios of both transmission coefficients and symmetry numbers to
unity and neglecting the “tunnel effect’”’ (valid for isotopes other than hydrogen
isotopes above 0°C.), the simplified equation is obtained:
- 1/2

?Zi = <%*> {1+ >; Gu)Au; — >; G(ui)Aut) (56)
where the function G(u) has already been defined (equation 37). Equation 56 is
separable into two factors: (1) the *reduced mass effect,” evaluating the ratio
of the rupture frequencies of the critical bonds within the two isotopic activated
complexes; (2) the ‘“zero-point energy effect,” evaluating the isotopic shift of
the equilibrium between reactants and activated complex (i.e., the isotopic
equilibrium constant for “exchange” between reactants and activated complex).
The reduced masses are usually calculated from the masses of the two atoms
joined by the bond undergoing rupture (419). The calculations of the G(u)
functions are in principle the same as already described for exchange reactions
(q.v.). The vibrational frequencies of the activated complex are of course un-
known. The crude approximation is frequently made of setting the force constant
of the rupturing bond to zero and leaving all other force constants unchanged;
the ‘“vibrational frequeicies’” of the activated complex can then be calculated
by, say, normal valence force equations. The estimation of the isotopic partition-
function ratio for the activated complex is the most unsatisfactory feature of
the theoretical calculations and niust always be remembered in the “comparison
of theory and experinient.”

For normal reactions involving bond rupture, the force constants of the re-
actants are greater than those of the activated complex;ie., > GO)Au >
> G Or, expressed in terms of exchange between reactants and activated
complex, the heavier isotope will preferentially concentrate in the reactants
which have the higher isotopic partition-function ratio. Hence the reaction rate
of the lighter (parent) molecule will be greater than that for the heavier (tracer)
molecule. However for reactions in which the rate-determining step is one of
ring closure, the force constants of the activated complex may be greater than
those for the reactants. Provided

SGEHAY > D Gw)Au + Ls In (ux/u)

the heavier molecule could react faster than the ligher molecule. A “reverse”
isotope effect observed in an organic reaction (427a) could not be substanti-
ated (402).

For intramolecular reactions involving the same molecule Ay = 0 and there
is evidence that A’ = 0 (52). An intramolecular isotope effect is thus solely
determined by the reduced mass effect and will be substantially less than inter-
molecular effects, since the zero-point energy term principally determines the
magnitude of k/k*.

Bigeleisen (49) has calculated “maximum isotope effects” for common iso-
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topes, but these values are based on the admittedly drastic assumption that the
activated complex is an assemblage of free atoms. The magnitude of an inter-
molecular isotope effect can often be roughly estimated from the isotopic parti-
tion-function ratios for reactants and products: e.g., in the acidic decomposition
of HCHO;~ to CM0:. The f values for these two molecules are, respectively,
1.451 and 1.397 at 20°C. (440). Since the activated complex would be inter-
mediate in characteristics and allowance should be made for the (,u*/u)é factor,
an isotope effect of not greater than 4 per cent might be reasonably predicted.
In general, isotope effects in unidirectional reactions will be only slightly greater
than those observed or predicted in comparable exchange systems.

2. Practical limatations tmposed by usolope effects

If an isotope effect is operative, serious difficulties can arise when a labelled
reactant or product is sampled at various stages of a reaction. For the general
reaction scheme:

A+B->X +Y+ 7
A* 4+ B->X*+Y 4+ Z

in which an intermolecular isotope effect is occurring, the specific activity 5 S;
of reactant A at a fraction of reaction f is related (41, 138, 495) to that at zero
fraction of reaction, ,Sp, by the relation:

ASX/ASU = (1 - f)e_l (57>

where eis defined by equation 54. Alternatively the specific activity of the labelled
product is described (439) by:

XS.,/ASU = ¢(1 — 7)5—1 (58)

where xS, is the specific activity of a small product increment collected over an
interval of reaction v between fraction of reaction f and (f + Af), whilst 4.5,
and e retain their previous significance. When the increment ~ is small, xS, will
approximate to the specific activity of the product of fraction of reaction f.
Figure 1 illustrates the variation in the specific activity of both reactant and
product with the fraction of reaction for a 10 per cent isotope effect (a probable
value for isotopes of carbon, nitrogen, and oxygen). The fractional product is
collected at each 10 per cent of reaction.

A common experimental procedure for isotopic assays involves the conversion
of a separated labelled molecule into a more suitable chemical form for assay
purposes; e.g., a carbon compound converted to carbon dioxide or barium car-
bonate. Figure 1 shows that serious errors could arise if (say) the product were
sampled in small fractions as reaction was proceeding. A sample collected be-
tween 85 per cent and 95 per cent reaction would have a specific activity 20 per
cent higher than that of the produect collected up to 10 per cent reaction. For the
reaction of deuterated water with zine at 400°C., the error involved in such a
procedure has been recently measured experimentally (232). At 50 per cent con-
version a correction of 42 per cent must be applied to the observed isotopic
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F16. 1. Variation in the specific activity of both reactant and product with the fraction
of reaction for a 10 per cent isotope effect.

abundance of hydrogen. To insure an error of less than 5 per cent in the D/H
ratio, at least 99 per cent conversion is necessary. Melander (327) has derived
an expression for the specific activity of a reactant as a function of fraction of
reaction for the condition that the labelled atom occupies ouly one of several
equivalent positions within the molecule, e.g., i1 tritium-labelled benzene. The
functional form of his relation is completely analogous to equation 57 and indi-
cates that errors due to isotope effects are less the greater the number of equiva-
lent positions within the molecule.

Hence it is an unwise procedure to sample labelled materials at different frac-
tions of reaction unless the magnitude of the isotope effect is known or semi-
quantitative results only are required. The procedure for overcoming these
difficulties is to allow the reaction to proceed to completion, insure that all the
labelled product is thoroughly mixed, and then, if desired, divide the product
into fractions and proceed with the isotopic assay. The collected total product
will of course have the same specific activity as the original reactant. With intra-
molecular isotope effects, the specific activity of the two labelled products will
still differ when these products are completely collected. The interpretation of
isotopic assays of samples derived from an intramolecular reaction must be sub-
ject to these limitations. The magnitude of the error will, however, be less than
that for intermolecular effects.

3. Determination and inlerpretation of isotope effects

As a minimum, the observation of an isotope effect in a reaction indicates
that rupture of a bond to the isotopic atom is involved in the rate-determining
step. This step is of course the slowest one involving the isotopic molecule.
Especially if a labelled solvent is used, the slowest step for the solvent may not
necessarily be the rate-determining step for the overall reaction mechanism.
Should it be possible to compare a calculated isotope effect with an accurately
measured value, then further valuable conclusions can be drawn as to the more
detailed structure of the activated complex and the possible importance of pre-
equilibria.
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With deuterium compounds it is possible to measure the rate of reaction of a
completely deuterated compound and compare thig with the reaction rate of
the normal compound. Thus a recent study of the Fet*-Fet+* exchange system
in deuterium oxide showed that the exchange rate wag half of that in ordinary
water (245). The direct participation of water in the activated coniplex and the
rate-determining rupture of an oxygen-hydrogen bond is therefore indicated.
Similarly, the rates of hydrolysis of either Co(ND;);Cl** in water or of
Co(NH;)sCl?*t in deuterium oxide are approxiniately half the corresponding rate
for Co(NH;);Cl** in water (6). This is confirmatory evidence for the
preéquilibrium:

Co(NH,);Cl** + OH~ = Co{NHj)a(NH2)ClT 4 H:0O

already indicated from nontracer studies (183) and the observation of isotopic
exchange of hydrogen (6). With all radiotracers and many stable tracers it is
impracticable to measure the reaction rate of a pure isotopic niolecule, and to
measure isotope effects recourse must be made to a differential method based on
equations 57 and 58 or suitable analogs. Equation 58 shows that a rapid method
of estimating e is to determine the specific activity of the product for the first
few per cent of reaction and compare this with the initial specific activity of the
reactant; the ratio of these two specific activities is then equal to e. This approach
is very useful in preliminary work designed to ascertain the magnitude of a
possible isotope effect (403), but it can be difficult experimentally if the reaction
under study is at all rapid. A more accurate procedure is to sample the reactant
or product at definite fractions of reaction and determine e from an appropriate
log-log plot. If the specific activity of accumulated product at a definite fraction
of reaction (xS;) is compared with the initial specific activity of reactant (4 Sy),
€ is given by the expression:

e=In(l —r)/In (1 -1 (59)

where r = x8;/48s (427). For an intramolecular reaction the ratio of specific
activities of the two alternative products at complete reaction is equal to e.

Differences in reaction rates of Li” and Li® isotopes have been detected. Repeti-
tive precipitation of lithium carbonate from concentrated lithium chloride solu-
tions altered the Li’/Li® ratio from 12.48 to 14.03 (463). A single partial
precipitation of the carbonate alters the ratio from 12.87 to 13.07 and slightly
less for the orthophosphate (92). Cameron (92) points out that such isotope
effects could affect the determination of the atomic weight of lithium by Richards
and Willard (393), who purified their lithium salts by several partial precipita-
tions of lithium fluoride. The importance of these effects is shown by the variation
in the Li"/Li° ratio from 12.44 to 12.93 for commercial chemicals and 12.47 to
12.72 for minerals (92).

The heterogeneous combustion of carbon monoxide between 560°C. and
700°C. exhibits the rate ratios £1%3/k12 = 0.984 4= 0.002 and A*/k2 = 0.959 =+
0.004 (29). On the assumption that adsorption is the rate-controlling step, it
was shown that the relative rates of adsorption for isotopic molecules would be
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given by:
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for a small difference in zero-point energies (F; — E)) and a high temperature.
The predicted rate ratios are then 0.983 for C30 and 0.966 for C*O, values which
agree well with those observed. (This ratio of adsorption rates also follows from
the classical collision frequencies of the molecules with the vessel walls, neglecting
any difference in the activation energies for adsorption.) On the other hand the
homogeneous combustion of carbon monoxide at 580°C. exhibits no isotope
effect. For the mechanism

CO+0;—-C0,.+04+0
O+Og—>03

the activated complex was treated as O—C-. - -O—M, where M = O, is a point
mass. The Bigeleisen equation thereby predicts no measurable isotope effect.

The intermolecular isotope effect in the decomposition of C-labelled nickel
carbony! (vide supra) is expressed by the relation

ky/4ks = 1.0481 — 6.7 X 1075 (°C). (61)

between 30°C. and 105°C. (42). In the theoretical calculation of the effect Bern-
stein (42) considered the vibrational frequencies of the activated complex to be
identical with those of the reactant molecule except those involving stretching
of the ruptured bond; these frequencies were assumed to be zero. The calculated
value is substantially greater than the experimental but if slight weakening of
the carbon-oxygen bond in the activated complex is considered, better agreement
is obtained. Bernstein points out that whilst a measured isotope effect may help
to establish certain allowable properties of the activated complex, it cannot
reveal the individual importance of single vibrations in a multi-atom activated
complex.

As more confidence is gained in the theoretical prediction of isotope effects,
then the measurement of isotope effects may become a useful tool in discriminat-
ing between possible mechanisms or elaborating already postulated mechanisms.
Fry and Calvin (181) found isotope effects of 2.7 per cent and 5.5 per cent for
the decomposition of C- and C'*-labelled oxalic acid at 103°C. The authors show
that it is necessary to postulate an acid-base equilibrium before the rate-determin-
ing step to obtain calculated isotope effects of 3.1 per cent and 6.0 per cent. Had
this preéquilibrium been neglected, the predicted effects would have been 3.8
per cent and 7.2 per cent. No Cl*-isotope effects have been observed in the acidic
decomposition of carbonatotetramniinocobaltic nitrate (439), the pyrolysis of
carboxyl-labelled lithium acetate at 490°C. (398), or the decarboxylation of
barium adipate at 350°C. (54). The thermodeconiposition of mercury formate
at 80°C. (403) exhibits a measurable isotope effect.

Isotope effects should be useful in identifying a particular process or dis-
tinguishing between processes in catalytic reactions. The isotope effect will be
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characteristic of a particular process at a given temperature, whereas kinetic data
such as rate constants and activation energies are composite quantities involving
many variables. The reduction of hydrogen peroxide by Ti(IIl) exhibits an O
isotope effect of only 0.5 per cent at 5°C., whereas reduction by Sn(II), Fe(II),
Cr(II), and Cu(I) causes effects of 6 per cent (88). Reduction by Ti(III) was
postulated to involve a le~ change, but the other reducing agents were assumed
to proceed predominantly via a 2¢- change. For the latter the oxygen—oxygen
bond is supposed to be completely severed in the activated complex, thereby
leading to a calculated maximum isotope effect of 6.1 per cent. For le~ reduction
the oxygen—oxygen bond is merely loosened; a zero-point energy effect will
persist in the activated complex and a small isotope effect should result. That
the isotope effect for the Fe**-catalyzed decomposition of hydrogen peroxide
is the same as for the Fe(II) reduction is adduced in favor of a mechanism in-
volving Fe(II) as a reduction intermediate rather than HO: in the former
reaction. The O®B-isotope effect in the oxidation of hydrogen peroxide decreases
with the mass of the halogen oxidant: I, 2.4 per cent; Bry, 1.3 per cent; Cls,
1.0 per cent.
In the photolysis of hydrogen peroxide two mechanisms may be proposed:

Mechanism 1:

H.0: + hv — 20H (1)
OH + Hx0, = HO: + H.O (3)
2HO. = H.0 + O 4)
Mechanism I1:
H0: + hv — H,O + O (1)
0 + H:0.= OH + HO. 2)

The O®-isotope effect for the production of water varies with acidity from 1.1
per cent to 1.9 per cent. Hunt and Taube (255) favor mechanism II, since al-
though no variation in isotope effect should occur with acidity in the primary
absorption process, reaction 2 could be rewritten as

O0* + OOH- = 0*0 4+ OH~-
thereby introducing an exchange equilibrium which could account for the ob-
served variation in the isotope effect.

Bernstein and Pars (45) have studied the O-isotope effect in the reaction of
hydroxide ion with Hghi and Agf,. The fractionation factor @ = (0%/0%),44./

TABLE 15
Tritium 1sotope effects in the 1somerization of cyclopropane
| . ‘
Gas pressure (mm.)....................... i 0.4 . 45 77 80 L 700
1001 — ¢ (equation d4)................ .. i 0.4 | 89 ¢ 7.9 8.8 ' 12.9
Experimental error..... .......... .. ... ... 1.0 — 1.1 1.7 | 2.7

:
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TABLE 16
Chemical reactions studied by tracer methods

Reaction studied 1
|

Distribntion of tracer products v Remarks

Nitrogen

N3H, oxidation with 1057, TL{1I), and Fe(CN)&~

N2Hi oxidation with Ce(1V), Fe(I1I), Fe(I11)-Cu{I) mix-
tures, Ce(1V)-Cu(Il) mixtures, V(V), MnO+~, and Cr,Q:

N2Hy heated (3N213y —» 6NHs + 2Nz + Ho)

N*IT.CON*11, treated with hypobramite

N*ITz vxidized with OBr~ in presence of NoHs ar NTLOIL
(2N1I3 + 30Br~ — N2 4 3H:0 + 3Br-)

aba c
HNNN + IINO;
be

a
NuNI1l: + ONN

NH:N1I: + C:11,0N*O
11INNN* acid reduction
HNNN* alkaline ahuninnn- reduetion

IINNN* acid permangannte oxidation
N11:S0sH + HN*Os

NH:0H-HCI + NaN*Q:

(Natural pIl)

(1)

NaN*O: + (NI)2804 (99% Nw)

Decomposition af N*NO at 750°

Decomn j-osition of N1 N40;

No N—N bhond fission during oxidation

Partial N—N bond fission, the amnount depending on the
oxidizing agents

Partinl N—N bond fission in agrecment with pastulated
free-radical mechanism

Unimalecalur mechanism; Loth nitragen atoms of Na from
one urea molecule

N2Hjs ar NH20H probably not intermediate in reaction or
in sidJe production of N2O (¢f. 107) or NOs~ (102)

N2 nonrandomized
N: partly randomized (+ NHs)

N2 partly randomized
Nz nonrandomized
NoN7IL ar N*H,011
we a b

NNO + NN

abec ach

NaNNN (209%) and NaNNN (807,

Detection of nosition of bond clecavage

a
+ NIz
INNN*J-
14N» + ¥%N*Hs and 1$N7 + 1¢NTIs
15Notl, + '4N*IL; and }NJ1la +
}NH;
SIIN*O3 + 14N:2 + 34120
“HNO; + “NN* 4 32150 (+ by- ) |
product N:20) J
ON*N
No rundomizing of N20 obtnined
N*NO and NN*Q in similar aimsaunts
INN*Ol > IN*NOJ

Frouet nsed in subsequent experiments

Centml and anter nitrogens different; ring structure for
wzisde granping ruled out

NOTI intermediate ruled qmt
Symmetrical interimediate
Unsynnnetrical intermediate also involved in two reaction

paths
NN* (97.3%,); no randonsizing Both nitrogen atoms of Nz from one anumounium nitrite
moleenle

Rules ont N ntam-NO chain mechanisin; in agreement
with nnimalecular decomposition mechanisim
Dehydration meehanism

No randomization in N2
Nl.‘;NNO

Oxygen

KCI03 + MnO.

Fvolved 07 lower isotopic abundance | [KCIO; 4 MnO:} intcrmediate

than KCI0;

)
I References
i

(89, 239)
(89, 239)

(389)
(167)

(396)

(104)
(103)

(106)

106)

(103)
61)
(1, 103)
(61)

(101)

(178)
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KCI0; + MnO;

4MnO,~ + 40*H

Ozxidation of H:Oz by Ce(1V), MuO4~, Clz, HCIO, Cr:07*,
H;1056 in presence of H,0*

Decomposition of T1:0: by I’t, Ag, MnO2, Fe(III),1--I2, Br--
Brz in presence of H,0*

Reduetion af 110 hy 15 (I1D), Fe@1), Su1), Crl), Cu(d)
in presence of 11,O*

11202 + T1,0* + Ar(2537 A

NO; ™ -+ H0:2 - H:0 4 NOy-

2NO; + H:0* -» NOy + NO;~ 4 211

Evolved 07 20% isotopic abundance
of MnO;
4MnO« + 2H.0 + O3

O3 contains no O*
0Oz contains no O*

0.5%, isotope effcet with Ti(I1T)

6% isotope cficet with othier rednetants

Livalved Oz contains na O*

NOJ™* at ligh INO:"]; » = 1 varying
to n = 2 at low [NO2"]

At low [NO-2} 1.4 O* atoms per NO;~
0.7 O* atoms per NOy~

At high [NO2] 1.0 O* atonis per NOs™;
O* in NO:~ variable from 0 to > 1

Sulfur

(65)

S*310:2 + 12
288*0s2 + 311gCl: + 211,0
0:88*3052 + COs2~
0:8*383*02 - 311gCle + 40

2406 + 8*0s7

$3:062" + 37042
82047 o R1*0.2
$106 + S0z~
O3S*SS1S*O2 + St
0387888+ 0r + S

035 tS*S*S10z2

HgCly-211gS + 28*042 + 4C1- + 4H*

0388*2 4 8042 + COq

HpClz-2I1g8 + 48*0 2 + 4C1 4 81T+
+ 28

0:888*0s2 + 82042

847062 + 80502~
st'0e + S0
$10¢ + S;00
2815*0 + SF

0:8* 4 S8*0z + 28

Cyclic oxidation-reduction invalving 207 of MuO.
02 completely derived from solvent; MnOi2 cxclianges (112)
with solvent
0—0 bond preserved (81, 88)
0O—0 bond preserved (81, 88)
le” oxidation of Ti(I1T) (88)
2¢~ oxidation of other recductants
02 derived from H:0» o (255)
At high INO2"] ONO*O*II + NO:~ — ONO* -+ 0:NO* +
11+
At low [NO; ] ONO*O*H — O;NO- + nt (16)
/0
Z
Praceeds vin O=N--0 -N an
(@]
Proceeds vin nctivated complex
o
ITLITLO\
0O 0 H
1 Expocted mechanisin (66, 228)
(228)
(65)
(228)
Nonbranched chain for 806 (98)
85062~ similar but conplicated
(493)
(493)
Extended study of 98 (159)
| Bond cleavage 0358 88022 with slight side reaction (225) (228)
i ~3% of 1nain reaction (225)
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Reaction studied

TABLE 16—Concluded

1' Distribution of tracer products

03885803 + 3CN ™ + 10O
05383305 4 4CN- + H0
S*Cl: + 2HSOs™

$;Cly + 211805~

4802 + 2HLS* + 60T

88032 + 802 in presence of sodiuni nrsenite
338052 + 111¢ at —10° (in presence o1 arsenite)

25802 + 415L0:
8*305* 4 110CIIS0:Na in presence of Co?t

IIN
N
$*30:2~ + C800ll in presence of Cd**

H:N
§*$052° 4+ Co802 in presence af Co?!
88*0s2~ + Na28:204 in presence of Cd?r
CoS0; + Nu.S*
HOCH80:Na + $*8032- + I (acid)
80; + S*Cl: (50%)

8sN202 + 385*03

S4N1 + BOCl2 4 S*Oq
34Ng + S*OCL 4 SO.
28*82N202 decompositian

Sulfur—Continued

Remarks

References

8042 + $*80s2~ + S*CN- + 2HCN
$*80¢ + 804" + 28*CN- + 2HCN
0;88*30,2~

03887804

33*30s2~ + 5H20

0a888/4*802 ~ and O3S83/M4*S3/4*S0,2

S (802~ + 2804 + 1LSe6* 4
2825 + H0

O3SV QU Qg | Ju2vQ 2

CoS8 (60-70%, speeific activity of origi-
nal)

CdS (48-859%.)

CoS (35-55%)

CdS (~8%)

CoS* (100% original activity)
S‘

S0: + 8*OCl:

83N20s + 38*0z
SaN20: inactive

S3N:02 one-third original uctivity
81Ny + 28*0:

Consistent with meclianisim:
2HS* 4 HS0;~ — 28* + 8§ 4 301[-
O~ + II80;3~ — 802~ + H.0
38052 + 28* + 8 — 28*30;52° + SS052
Indieatcs quantitutive distribution of activity
Arsenic acts to transfer thiosulfate sulfide (87) sulfur to two
other thiosulfates to form pentathionate

————

S not formed therefore by simple mechanisi sucl as:
11,0 + H280: + T1:5*303 — H2S* 4 2H2804

J

All sulfur originates from Na.S

80-90%, of sulfur in SOCly; direct oxygen atom transfer
froin 8Os to SCLs

80; 0only an oxidant and sulfur of SOs does not enter S3N205
niolecule

One S from SOCly, two S from 84Ny, and no 8 from SO.
in formation of S;N:0: mechianisin proposed

(65, 66)
(66)

(65)

(226)

(226)
(226)
(340)
(191)
(190)

(190)
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1alogens

KCIO; — KCIO, in presence of KC1* at 510° for 60 wmin.

1:0 + 10, + 2I*
HCI*O + 2C10s (Il ~ 7)

HCI*O + ClO2~ (nH ~ 7)
CI + 211CIO: @911 = 0.5)

2C1* + 2C105~ + 4H* (4.5 M H180,)

Co(N113)sC1* + Cr2t in presence of C1*~

CrCls (solid) + Cr?* in presence of C1*~

CrCLt + Crly,

Co(N11s5)sONO? isomerization in presence of 11:0* or NO3~
Co(N1L:):0COCILt + H20* (or O*H)
Co(NH3):0COCYs2 + ILO*

Co(N1L:);OCOCFst + O*H-

Co(N1:):COs* + 2H* + H.0*

Co(N113)sCOs* + 2H* + IO*

Co(NH3)«CO:+ + II* + IO — Co(NHa)(I1:0%)-
(COzH)?* — Co(NHa)«(H:0*)(OR)2 + CO:

KCIOq inactive Rules out: KCIO; — KC1+4 30 (60, 73)
KC1+ 40 —= KCI104
12 + 20H- + 105 (334)
2C10; + C1* + OH- Observed ClO:2 activity: 5-8% of that cxpected for coin- (447)
plete mixing of clilorine activities
Cl0s + CI* + IO+ Cl0;5~:9% (447)
2C10; + 2C1*- + 2H* C102:5-7% (447)
Cly + 2C10z + 2110 Cl02: 3-6% (447)
Misccllancous
CrCI?t inactive No free C1- produced (443, 450)
CrCI2* alimost inactive (450)
CrCIz* alinost inactive (450)
Co(NH3)s NO22* unenriclied Intramolecular process 335)
CI13C00~ unenriched Co—O bond fission (82)
CF3;CO0~ uneuriched Co—O0 bond fission (82)
CH3;COO0~ enriched C—O bond fission (CII:C1CO0~and CCLCOO™ intermedi- (82)
ate behavior)
Co(NH;); H,03! No Co—O bond cleavage; aquation proceeds by decarboxy- (252)
CO2 nornal abundance lation (82)
Co(N H3)«(H20)(11:0*)3* + COs Confirms niechanism: (384)
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(0/0) 4 ter, was 1.018 for Hgi when 1 ml. of 1 M sodium hydroxide was
added to 100 ml. of 1 M mercuric nitrate, using reagents of normal isotopic
abundance. Since tracer experiments showed that the oxygen of the precipitated
niercuric oxide was derived exclusively from the cation hydration sphere and
not from the solvent water, the fractionation may be interpreted as a kinetic
isotope effect in the proton transfer from hydrate water to hydroxide ion. In-
spection of figure 1 will show that in the early stage of such an intermolecular
reaction, the lighter isotope would preferentially appear in the product oxide.
For silver ion, & = 1.016 when silver ion was added to excess hydroxide ion, but
for the reverse addition « was less than 1.013. This somewhat surprising result
might be interpreted in terms of a very rapid exchange equilibrium (either be-
tween hydroxide ion and water or between the hydrate water and free water)
combined with another isotope effect in the slower precipitation reaction. This
is similar to that previously discussed for the fractionation effects in the GNI-
CXN~ exchange system (Section ¥I1,C).

A further significant application of isotope effects may be illustrated in the
unimolecular isomerization of tritium-labelled cyclopropane to propylene. Ac-
cording to the Lindemann theory of unimolecular reactions, at high gas pres-
sures the concentration of activated molecules is maintained by collision and the
rate-determining step is the decomposition of the activated molecules. There-
fore if rupture of a bond attached to a labelled atom is involved in the latter
step, an isotope effect should occur. At low pressures, the concentration of ac-
tivated molecules is no longer maintained and the slow step is the transfer of
energy by collision, for which practically no isotope effect should occur. Such
behavior was observed by Weston (472) when the isomerization of tritiated
cyclopropane was performed in the region of 500°C. (see table 15). Reactions
involving inorganic molecules which exhibit unimolecular characteristics might
be similarly investigated.

Table 16 summarizes chemical reactions which have been studied by tracer
methods. Reactions are classified according to the periodic group of the element
labelled in the reaction study. Where atoms are designated by superscript letters,
a study has been performed which has established the fate of all the indicated
atoms in the reactant molecule; normally this involves multiple labelling. An
asterisk(s) for the reaction product(s) denotes the fate of the labelling atom(s).
Where a quantitative study of the tracer distribution among products has been
performed, this is indicated by the tracer concentrations relative to a unit con-
centration of tracer in the original reactant.
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