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THE THERMAL DECOMPOSITION OF 1,1-DIMETHYLHYDRAZINE

By Herman F. Cordes

Chemistry Division,

U. S. Naval Ordnance Test Station, China Lake, California

Received August 22, 1960

The thermal decomposition of 1,1-dimethylhydrazine has been studied in the gas phase in a flow reactor near 400°.
decomposition is first order in reactant and independent of the surface-to-volume ratio of the reactor.

The
The data, when

fitted to an Arrhenius equation, give an activation energy of 28.7 kcal./mole and a pre-exponential factor of 107/-8sec.-1.

A mechanism has been proposed for the decomposition.
and the abnormally low pre-exponential factor.

Introduction

The hydrazine system of compounds has been of
interest for some years as a source of high energy
fuels. Knowledge concerning the decomposition
of these substances is valuable in predicting stor-
ability and possible precombustion reactions. The
decomposition of hydrazine, itself, has been ex-
tensively studied1-3; however, little or no informa-
tion is available concerning the thermal stability of
the alkyl substituted hydrazines. The purpose of
this study was to investigate the thermal decom-
position of one of the more important members of
this series— 1,1-dimethylhydrazine.

Experimental

Apparatus.—The decompositions were carried out in a
heated “Pyrex” flow reactor.

Helium gas, free of oxygen, was passed at constant flow
rate through two parallel-connected, calibrated flow meters.
The flow meters were designed so that there was about a
ten-to-one ratio in their flow rates at any given pressure
head. The helium stream passing through the smaller
flow meter then was passed through a saturator containing
the 1,l-dimethylhydrazine. This saturator was immersed
in a constant temperature bath to ensure a constant rate
of evaporation at any one flow rate through the saturator.
There was also a by-pass around the saturator so that
helium could stream through the system until a steady
state temperature distribution could be reached. The con-
centration of 1,1- dlmethylhydrazme entering the reactor
was controlled by varying the temperature of the bath
around the saturator. After leaving the saturator the gas
stream passed through a warm tube and into a mixing cham-
ber. The warm tube was maintained at about 50° to pre-
vent recondensation of the 1,1-dimethylhydrazine when the
saturator was above room temperature.3

(1) P. J. Askey, J. Am. Chem. Soc., 52, 970 (1930).
(2) T.J. Hanrathy, J. N. Pattison, J. W. Clegg and A. W. Lemmon,
Ind. Eng. Chem., 43, 1113 (1951).

(3) M. Szwarc, J. Chem. Phys., 17, 505 (1949).

This mechanism explains the major products of the decomposition

The mixing chamber served to unite the gas containing
the 1,1-dimethylhydrazine with the helium stream from the
larger flow meter. This large stream had been preheated
by passing down a spiral glass coil wrapped between the
heating coils of the reaction furnace. The outlet from the
mixing chamber led directly to the reaction chamber.

The mixed stream passed down the reactor and out into
a trapping system. This system consisted of a tower of a
1 N HZXO4 solution; the exit gases from the reactor were
forced into this solution through a fritted glass disc and
allowed to bubble up through the tower. The efficiency
of this tower was tested by passing a known amount of 1,1-
dimethylhydrazine through the system at room tempera-
ture and then titrating the amount recovered in the tower.
Even at the highest flow rates possible with the system, all
of the 1,1-dimethylhydrazine was recovered. This tower
was replaced by cold traps when products were collected
for identification.

The temperature of the reactor was controlled manually
by a pair of heater coils wrapped around two concentric
aluminum tubes. The helium preheat line passed between
these tubes and the reactor was inside the center tube. A
Pt-Pt,10% Rh thermocouple was inserted in a tube down
the axis of the cylindrical reactor. The output of the ther-
mocouple wa3 amplified on a Leeds and Northrup D. C.
microvolt amplifier and then sent to a recorder. In a test
with N2 flowing through the system, the temperature in the
thermocouple well was compared with the gas temperature
as measured by inserting a second thermocouple down the
exit tube. The temperatures so measured were found to
be within = 17,° of one another except near the end of the
reaction chamber where the gas temperature was higher
than temperature in the well. After a steady state had
been attained, the temperature at any given point along
the axis of the reactor remained constant to + I/2° during
the time of an experiment.

The temperature profile in the gas stream was determined.
From this profile the point, along the axis, of average tem-
perature was determined and all subsequent temperatures
were measured with the thermocouple inserted to this
depth in the well. Rates, in general, are strong functions of
temperature and over a range of temperatures the average
rate will not correspond to the rate at the average tempera-
ture. However, for the small change in temperature along
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the axis, about 5°, and for the observed activation energy
of this reaction, the difference in these two “average”
rates is much less than the experimental error.

After sufficient data had been gathered in the unpacked
reactor the reactor was removed from the heating jacket,
cut open and filled with a number of “Pyrex” rods. The
area and volume of these rods was measured accurately.
The packed reactor was sealed and placed in the heating
jacket. A series of experiments then was made with this
new reactor.

Procedure during a Run.—With the saturator by-passed,
helium gas was passed through the system at a nearly con-
stant (x2% ) flow rate for about half an hour. After this
time the reactor had reached a steady temperature. In
some cases it was necessary to apply a negative pressure
head on the sulfuric acid solution in order to allow the gases
to pass through the fritted disc. The pressure in the
system, relative to the atmosphere, was measured and the
barometric pressure was recorded. After the steady state
had been established, the by-pass stream around the satu-
rator was allowed to flow through the saturator and simul-
taneously a stopwatch was started. The system was al-
lowed to run for 15-60 minutes, while recording the tem-
perature. At the end of this period the saturator was
again by-passed and the stopwatch was stopped.

The saturator was weighed before and after each experi-
ment to determine the total amount of reactant entering
the system. The amount of reactant leaving the system
was determined by diluting the sulfuric acid solution to
a standard volume and then titrating an aliquot with '/so
molal K103to a starch-iodide end-point.4 The equivalent
weight of 1,1-dimethylhydrazine in this titration is 30.05.

The flow rate in liters per minute passing through the re-
actor was determined from the flow meter calibration and
the reactor temperature assuming constant pressure. A
correction was applied for the increase in flow rate due to
the 1,1-dimethylhydrazine evaporated. The moles of re-
actant, entering the reactor per unit time were computed
from the total amount of reactant used and the total time
of the experiment. The residence time in the reactor was
found by dividing the internal volume of the reactor by the
flow rate. The negative logarithm of the fraction of un-
reacted material was divided by the residence time to give
an empirical first-order rate constant.

The purity of the 1,1-dimethylhydrazine was determined
under the same conditions as existed when the un-
reacted material was determined. Sample sizes were ar-
ranged to use about the same volume of reagents, thereby
eliminating any need for end-point corrections. The known
products of the reaction were found to have no effect on the
position of the end-point although the color of the solution
was somewhat yellowish and fading was more pronounced
than for the pure samples.

Products of the Reaction.—For the purpose of product
analysis the sulfuric acid trap in the decomposition train was
replaced by two Pyrex traps connected in series. The trap
closest to the furnace was maintained at —78° and the second
trap was maintained at —196°. The material that col-
lected during a run in the —196° trap was warmed to —78°
and an infrared spectrum was taken on the gases evolved.
Strong absorption was noticed in the 3.3 n region and ap-
peared to be due to C-H vibrations. A mass spectral
analysis of the same sample showed the presence of methane,
ethane and propane in the ratios of 1:0.14:0.002.

The material that had collected at —78° was allowed to
warm up to room temperature and the first gases evolved
were subjected to infrared spectral study. The character-
istic absorption of ammonia in the 11mregion was observed.
The spectra also gave indications of the presence of di-
methvlamine and possibly the presence of monomethyl-
amine. The spectrum of 1,1-dimethylhydrazine obscured
most of the region covered by the instrument. Due to
difficulty in obtaining a consistent mass spectrum for the
1,1-dimethylhydrazine no additional evidence could be ob-
tained from a mass spectral analysis of this sample.

The presence of dimethylamine was positively determined
by preparation of the benzenesulfonamide. This deriva-
tive melted at 45-47° and a mixed melting point with a

4
1,1-Dimethylhydrazine,” NAVORD Report 5263, NOTS TP 1475,
Naval Ordnance Test Station, China Lake, California, 23 May, 1956
(unclassified).

W. R. McBride and H. W. Kruse, “Analytical Procedures for
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known sample (m.p. 46-47°) also melted at 45-17°. No
positive information could be found as to the presence of
mor.omethylamine. It is felt that this species should be
present at least in small quantities as dimethylamine pyroly-
sis gives monomethylamine at these temperatures.

A viscous liquid was observed to collect in the outlet
line from the reactor. This liquid was found to have an
infrared spectrum identical with the spectrum of the trimer
of methylene methylamine (1,3,5-trimethyl-1,3,5-triaza-
cyclohexane).

A test was made for cyanide by treating a portion of the
—78° fraction with FeS04 and NaOH. The mixture was
heated and FeCfi was added. No blue color was observed
and HCN is presumed not to be among the products.

A series of decompositions was made at 250° using sealed
Pyrex vessels. Known pressures of 1,1-dimethylhydrazine
and helium were placed in these vessels. The presence of
the helium served to furnish a concentration standard for a
mass spectral analysis of gases volatile at —198°. The
length of time of heating of the vessels at 250° varied be-
tween 10 and 50 minutes. The products volatile at —198°
were methane and nitrogen with small amounts of hydro-
gen. The data are summarized in Table 1.

The Rate Data. Unpacked Reactor—The de-
composition was measured at three temperatures:
623.2, 674.7 and 726.0°K. The empirical first-
order rate constants showed no dependence on the
residence time at any of these temperatures.
No reasonable constancy of rate constants could
be found for fits of the data to zero order, I/ 2order,
3 2 order or second-order rate equations. At the
highest temperature the empirical first-order rate
constant was found to vary with the initial con-
centration of reactant. This effect was not noticed
at the lower two temperatures. At the highest
temperature an increase of recorded temperature
was noted immediately after the 1,1-dimethylhy-
drazine was allowed to enter the reactor. This
increase was about 1-2° and the temperature re-
mained high until the saturator was by-passed,
when the reactor temperature returned to the
steady state value. The rates of decomposition
were quite high at this temperature and the ap-
parent increase of rate with reactant concentration
could be due to self heating and the temperature
might not be properly indicated by the thermo-
couple. Since this variation of rate constant with
concentration was roughly linear, a least squares
fit of the data was made to the equation

k = h + a[UDMH]

ko was taken as the true rate constant at 726.0°K.

The data for the three temperatures are sum-
marized in Table I. The values of k listed in this
Table are nominal ones for the indicated tempera-
ture. The actual values were obtained at slightly
different temperatures (+2°). These tempera-
ture deviations were corrected for by using the raw
data to obtain a rough temperature coefficient for
the rate constant. The extremely high scatter at
the lowest temperature was due primarily to the
inaccuracy of measuring the small percentage of
decomposition.

Packed Reactor.—The reactor used in the first
series of experiments was cut open and filled with
Pyrex rods of a known volume and area. This
packed reactor had a surface-to-volume ratio of
3.76 times that of the unpacked reactor and an
area of 2.78 times that of the unpacked reactor.

Data were gathered at 623.2 and at 674.7°K.
using the packed reactor. The data were treated
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Summary of Rate Data

T, °K. &obs, sec. -1
623.2 (6.14 + 3.84) x 10-3¢
623.2 (7.41 £ 3.45) x 103F
674.7 (3.47 =+ 0.18) X 10-2¢
674.7 (4.26 £ 0.81) X 103
726.0 (1.56 = 0.05) X 10-inc
* Unpacked reactor s/v = 143 cm.”l  6Packed re-
actor s/v = 5.37 cm. ck = (1.56 £ 0.05) X io-> +

(0.1112 * 0.011) X 10-4 [UDMH].
in moles per liter.

Concentration is

in the same manner as for the unpacked reactor.
These data are also summarized in Table I.

Within experimental error there was no difference
in the rate constants obtained using the data from
the different reactors, although the rates were
very slightly higher in the packed reactor. These
results indicate that the reaction is not primarily
controlled by surface catalysis. In both the
packed and unpacked reactors, rates were often
noticeably higher after the reactor had been unused
and open to the atmosphere for a few days. After
the first run of a new series the rates returned to
the lower values. Data taken when the surface
of the reactor had not been well seasoned were
discarded.

Tabte Il

Analyses of Products PROM 522°K. Decompositions'

(CH,%/

(DMH),;1

_ (CH))I  (H))/ X 1/

Run Time, (DMH)o (DMH)o sec.“*

no. sec. X 10* X 10* X 1 [Ns] [CI-Id

1 600 5.9 1.8 0.98 0.450*

2 1200 9.7 2.2 .81 .599

3 2400 19.4 1.8 .81 .582

4 1800 16.1 3.0 .88 671

5 3000 26.3 1.9 .88 621

6 3000 21.4 2.1 71 .606

0.85 0.59 + 0.07 '

0.62 + 0.03
omitting *

«(DMH) = 40.8 mm. at 273.2° K. bkQn . extrapo-

lated to 622°K. = 6.4 X 10_1sec._1.

Temperature Dependence.— The calculated first-
order rate constant has the standard Arrhenius
dependence on the temperature. A weighted least
squares fit of the data from the unpacked reactor
to the equation

W - Wk — A7
was made. The results were
A = 1078+ »2lsec.”“1

AE = 28.68 + 0.68 kcal./mole°K.

The limits of error shown are one standard devia-

tion. The data from the packed reactor yield the
results

4 = 107&6+ 26sec.”1

AE = 284 = 8.1 kcal./mole°K.

In this case the errors listed are the combined
contributions of the standard deviations at the
individual temperatures.
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Interpretation of Results

The variety and character of the products, the
abnormally low pre-exponential factor and the low
activation energy associated with the empirical
first-order rate constant all point to a complex
mechanism for the decomposition of 1,1-dimethyl-
hydrazine. The weakest bond in the molecule is
the N-N bond with a strength near to 60 kcal.3
The C-N bond is about 80 kcal.6 The C-H and
N-H bonds are about 101 and 104 kcal., respec-
tively.66 All of these values are so much higher
than the observed activation energy of 28 kcal.
that it is certain that the observed first-order rate
constant does not directly measure a dissociation
process. In addition, the observed pre-exponential
factor is four orders of magnitude less than the
minimum value of 1012 sec.-1 expected for a
unimolecular decomposition. Were the reaction
heterogeneous, then both the low activation energy
and the low pre-exponential factor could be ex-
plained in terms of a surface complex. The data in
the packed and unpacked reactors are, however,
identical within experimental error and no major
heterogeneous reaction is indicated. The presence
of methane, ethane and propane in those runs in
which major amounts of decomposition occurred,
strongly suggests the presence of methyl radicals.
The relative amounts of these species are also
consistent with this view. In the very low tem-
perature runs, where the rate of decomposition was
slower, and where presumably the methyl radicals
would be in lower concentration only methane was
found.

The formation of methane and nitrogen in the
250° runs in sealed bulbs showed a linear increase
with time (see Table Il). The empirical rate for
the over-all decomposition was extrapolated tc 250°.
The calculated amount of decomposition was found
to be about 75 times the amount of methane formed
at these temperatures indicating that methane is
not a major product of the decomposition. The
hydrogen produced was constant and independent
of the time. This may indicate a small amount
of impurity or a rapidly inhibited surface reaction.

A mechanism can be written which leads to
first-order kinetics and also explains the general
features of the decomposition, although consider-
ably more data need to be gathered to place any
high degree of confidence in this mechanism.

h
(CHYNNH2= ~ (CHYN- + -NH2 @)

kz

*NH. + (CH3»NNH2— >
NH3+ (CH8(CH2N—NH2 (2)

(ch3a -+ (ch32inh2- h>
(CH3ANH + (CH3(CHINNH2 (3)

(CH(CHINNH2 ~ CH3-N=CH2+ NH2  (4)

h
(CH3(CHINNH2+ nh2—>
CH3-N=CH2+ NB4 (5)

(> M. Szware, Proc. Roy. Soc. (London), A198, 285 (1f49).

(6) F. D. Rossini, “Selected Values of Chemical Thermodynamic

Properties,” Circular of the National Bureau of Standards 500, IT. S.
Government Printing Office, 19.52.
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heterogeneous
NHEG- e > NH3 HY N2 (6)

The heterogeneous step (6) is first order and
yields a variety of products depending upon the
temperature. At 300° the stoichiometry is nearly
N2H4  y3NH3+ V, Nj, only a small amount of
hydrogen being formed.26 This mechanism is one
of the general type considered by Rice and Herz-
feld.7 The steady state rate assuming a long
chain length is

_ dJUDMHI _ [DDMH]

In terms of this mechanism then the empirical
first-order constant fcobs is interpreted as the co-
efficient of [UDMH], The intermediate radical
(CH3(CH2NNH2has been taken as the “normal”
product of a hydrogen abstraction from the parent
molecule although there is no direct indication that
hydrogens are removed more easily from carbon
than from nitrogen. The general indications for
those few reactions studied show that hydrogen
abstractions from a nitrogen have about the same
order of magnitude pre-exponential factors and
similar activation energies as for hydrogen abstrac-
tions from carbon.8

This radical has been chosen since it leads by a
reasonable path to one of the known products
CH3N=CH2 The methylene-methylamine could
also be formed from disproportionation of the di-
methylamino radicals.

The alternate radical, obtained by abstraction of
a hydrogen from the nitrogen of the parent mole-
cule, can be considered for a possible explanation
of the methane production Since the amount of

-

(CH+NNH—«> CH3+ CH4+ N, 4"
hydrogen found among the products is constant and
unrelated to the amount of methane produced,
an alternative mode of decomposition to give
2CH3+ N2+ Hisruled out.

The radical decomposing by step (4') is assumed
to be formed to a slight extent by

eNH2+ (CH3NNH2— NH3+ (CH+NNH (29
(CH3N- + (CH3NNH2

(CH3NH + (CH+NNH (3)
followed by (4") and

«CH3+ (CH3NNH2- x CH4+ CHICH2NNH2 (7)

The amount of reaction by this mode will be
assumed to be small enough not to affect the steady
state concentrations derived above. Step (7)
will be considered as the only abstraction reaction,
the analogous step to produce (CH32NNH will
be assumed negligible. Assuming a steady state
for these reactive intermediates the rate of produc-
tion of methane can be derived to be

N = ¥ * A

dmh,

(7) F. O. Rice and K. F. Herzfeld, 3. Am. Chem. Soc., 66, 284
(1934).

(8) E. W. R. Steacie, “Atomic and Free Radical Reactions,” Vol. 11,
Chapter 9, Reinhold Pubi. Corp., New York, N. Y., 1954.

Cordes Vol. 65

For small amounts of decomposition, as in the runs
made at 250°, [UDMH] is a constant in time and
the methane should increase linearly in time as is

observed. The ratio k2"/kz2 can be obtained from
[CHI _2V.
[UDMH] -t fe
The datain Table Il then lead to
E‘Z = 6.6 X 10-3

Now if the pre-exponential factors associated with
W and ki differ only by the number of available
hydrogens for each mode of reaction, then the acti-
vation energy difference for the two abstractions
can be calculated.

_m=? e(A25)/Er = 6.6 X 10-3

whence

AE = Ei — Ei — 4.1 kcal.

This is just about the difference in bond strengths
for the two bonds N-H and C-H .66

In addition, one more check can be made on the
data gathered at 250°. From the mechanism one
can derive

[N2] s(Im

ICHJ > °-5°
The observed ratio (neglecting the first datum
point which deviates from the rest and is also less
than 0.5) is 0.62 + 0.03.

The abnormally low pre-exponential factor and
low activation energy for kebacan now be discussed.
If the rate constants are written in the Arrhenius
form

k —Ae~ERT
then

4y, = { AQS,A*

cds =

E\ + Etj; Ei —Es
J

Now, h and ks are bimolecular rate constants and
their pre-exponential factors should not differ
by more than three orders of magnitude, ki is
a unimolecular rate constant and its pre-exponential
factor should lie between 1012 and 105 sec.“1

HD2< At < 107

This is a very low value of a pre-exponential factor,
however, the value of 107 to 10s sec.“ 1 or less is
observed for the rate constant for decomposition
of “hot” molecules—either the excited species of
unimolecular decompositions9or species formed by
reactions with radicals.0 To check the possibility
that step (4) is exothermic requires a knowledge of
the enthalpies of formation of NH2 CH3—-N=CH
and (CH3(CH2N—NH2 The enthalpy of forma-
tion is known for NH2to be +41 kcal.3 An esti-
mation of the enthalpies of formation of CH3—
N=CH3 and (CH3(CH2-—NH2 was made by
use of the table of bond energies given by Cottrell. 11

(9) 11. S. Johnston, J. Am. Chem. Soc., 73, 4542 (1951).

(10) B. S. Rabinovitch and R. W. Diesen, J. Chem. Phys., 30, 735
(1959).

(11) T. L. Cottrell, “The Strength of Chemical Bonds,” Butter-
worth Scientific Publications, London, 1958.
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AHtm CH3—N=CH2+ 1.9 kcal./mole
Aif ZB(CH3(CHANNH2 = + 67.4 kcal./mole

These enthalpies of formation lead to a value for
the enthalpy of reaction 4 of —24 kcal. The un-
certainty of enthalpies of formation that are cal-
culated in this fashion are usually no more than
2-3 kcal., although they might be somewhat higher
in the case of a radical. It is doubtful that the
errors could be so great that the true enthalpy of
reaction for step (4) is positive. It seems quite
proper to assume step (4) to be exothermic and
spontaneous.

A further consequence of the spontaneity of step
(4) isthatEi = 0. Then

Since Ei is expected to be near 60 kcal., E2 and Es
must have nearly the same numerical value.

It is possible then to account for the low empiri-
cal pre-exponential factor by assuming the preced-
ing mechanism with
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Ai — 1013sec. At = 106sec.-1; and — S 10"3

The preceding discussion suggests several addi-
tional experiments. The rate of methane produc-
tion should be measured over a range of tempera-
tures so that AZ/A2and E2 — Ez can be directly
determined (with /cds known). As of this date
there are no data which allow a direct comparison
of the relative ease of hydrogen abstraction from
carbon and nitrogen. By use of gas chromatog-
raphy the products ammonia and dimethylamine
might be separable from the reaction mixture.
The rate of production of ammonia should yield
fodbs so that this quantity can be determined di-
rectly at lower temperatures and, it is hoped, with
higher precision. The rate of production of di-
methylamine should yield a direct value of kx If
all of the hydrazine produced in step (5) is destroyed
on the walls, then a careful determination of the ex-
cess nitrogen over that accompanying the methane
production should yield the ratio fask,.
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Equilibrium distributions have been measured for exchanges of hydrogen ions in sulfonated polystyrene resins with per-

chlorates of Ba++, Cd++, Pb++ and U02 ++.
at two or more temperatures.

Three degrees of resin crosslinking were used, and each exchange was studied
Values of AF° and AH were evaluated. Activity coefficient ratios for the pairs cf ions

Cd++-H + and Pb++H + in perchlorate solutions were found from e.m.f. measurements, and water and salt uptakes of the
resins were measured. The binding of metal ions by the resins increased with crosslinking, solution concentration tem-

perature (except for Ba++), and proportion of metal ion in the resin.

The thermodynamics of ion exchange have been
studied by a number of workers.1-3 Most studies
have been restricted to univalent ions with measure-
ments at a single temperature. However, Bonner
and co-workers have recently measured cation ex-
change equilibria with divalent ions4 and have
begun a systematic study of temperature effects.56
Cruickshank and Meares7 have measured heats of
ion exchange calorimetrically and made a careful
thermodynamic study of certain cation exchanges.3
Kraus and Raridon8have studied cation exchange
equilibria from 2 to 200° using tracer quantities of
one of the exchanging ions; they worked primarily
with ions of the alkali and alkaline earth metals.
Kraus, Raridon and Holcomb9 have studied tem-
perature effects in anion exchange.

(1) F. Helfferich, “lonenaustauscher,” Verlag Chemie, Berlin, 1959,
Chap. V.

(2) G. E. Myers and G. E. Boyd, J. Phys. Chem., 60, 521 (1956).

(3) E. H. Cruickshank and P, Meares, Trans. Faraday Soc., 54,
174 (1958).

(4) O. D. Bonner and F. L. Livingston, J. Phys. Chem., 60, 530
(1956) .

(5) O. D. Bonner and L. L. Smith, ibid., 61, 1614 (1957).

(6) O. D. Bonner and R. R. Pruett, ibid., 63, 1417, 1420 (1959).

(7) E. H. Cruickshank and P. Meares, Trans. Faraday Soc., 53,
1289, 1299 (1957).

(8) K. A. Kraus and R. J. Raridon, J. Phys. Chem., 63, 1901
(1957) .

(9) K. A. Kraus, R. J. Raridon and D. L. Holcomb, J. Chroma-
tography, 3, 178 (1960).

Evidence is presented for formation of ion pairs.

We have measured exchange equilibria for the
divalent ions, Ba++, Cd++, Pb++ and UO02++,
exchanging with hydrogen ion in sulfonated poly-
styrene resins. These ions were chosen because
each reacts with sulfate ions in a specific way, form-
ing precipitates or complex ion, and specific or anom-
alous reactions with a sulfonic acid resin might
be expected. The hydrogen ion was chosen as one
of the exchanging ions in every case to avoid diffi-
culties from hydrolysis, and perchlorate salts were
used to avoid complex ion formation in solution.
Resins of three different degrees of crosslinking
were used, and the effect of temperature was studied
in every exchange. Measurements were made over
a wide range of cation ratios in the resin.

To aid in the interpretation of the equilibrium
data we measured the water uptake and salt uptake
of individual resins. We also measured the activ-
ity coefficient ratios, y2n # ym ++ for cadmium
and lead ions by electromotive force. Activity
coefficients in the resin phase and standard free
energies of exchange were calculated from the data
by an approximation to the method of Gaines and
Thomas.D

Experimental
(a) Materials.—The sulfonated polystyrene cation ex-

(10)
(1953).

G. L. Gaines, Jr., and H. C. Thomas, J. Chem. Phys., 21, 714
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Fig. 1.—Activity coefficient ratios at constant ionic
strength: dashed lines, Pb-H mixtures; solid lines, Cd-H
mixtures. Numbers on curves indicate the ionic strength.

Fig. 2.—Activity coefficient ratios for low metal ions:
hydrogen ion ratios, as a function of ionic strength. Evalua-
tion of the “theory” curve is discussed in the text.

change resins were supplied by the Dow Chemical Com-
pany. Most experiments were made with the grades Dowex
50W X 4 and Dowex 50W X 8, “white” resins with 4 and
8% nominal divinylbenzene crosslinking. These were
found to be remarkably homogeneous materials, containing
only a very small proportion of more weakly crosslinked or
more highly sulfonated beads.ll Some tests were also made
with a dark colored 16% crosslinked resin.  All resins were
50-100 mesh and were washed thoroughly with dilute
hydrochloric acid, methanol and water, then stored in the

(11) M. G. Suryaraman and H. F. Walton,
(1900).

Science, 131,
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air-dried condition with about 30% moisture. Moisture
content and exchange capacity were determined in the usual
way. For certain experiments the resins were nearly satu-
rated with the metal ion before use, retaining 2-3% of hy-
drogen ion to avoid hydrolysis.

Barium and lead perchlorates were obtained from the
G. Frederick Smith Chemical Co. The perchlorates of
cadmium and uranium(VIl) were made from cadmium
metal and uranyl nitrate, respectively, and were recrystal-
lized before use. Stock solutions of the perchlorates were
prepared and analyzed as described below. All except
barium perchlorate contained perchloric acid to prevent
hydrolysis.

(b) Analytical Methods.—Lead and cadmium were de-
termined by EDTA titration. Barium was determined in
the solution from the equilibration tests by pipetting a
known volume into a weighed platinum crucible, adding
sulfuric acid, evaporating and heating briefly to redness, then
weighing the crucible with its barium sulfate.

Uranium was determined both gravimetrically and photo-
metrically. When the amount in the sample exceeded 5-10
mg. precipitation with 8hydroxyquinoline was used.]2
There is a question in the literature about the composition
of this precipitate.l3 By igniting several samples of pre-
cipitate to U308 we found the uranium content 33.86%, in
agreement with the formula UORQHQ.14H Small amounts
of uranium were measured by the dibenzoylmethane
method1816 the yellow color was developed in solutions con-
taining 55-60% ethanol by volume and at apparent pH
6.5-7.2, and was measured at 400 m/x, usually with a Cary
recording spectrophotometer.

Free perchloric acid in solutions of lead and cadmium
perchlorates was titrated potentiometrically after adding
sodium chloride to complex the metal ion and inhibit hy-
drolysis. No satisfactory potentiometric method was
found to titrate free acid in presence of uranyl ion. Addi-
tion of thiocyanate to complex the uranyl ions gave reason-
ably good inflections, but the accuracy was poor. A better
way was to titrate the free acid conductometrically with
standard sodium hydroxide.

To analyze resins for metal ion the best way was through
wet ashing with perchloric and sulfuric acids,I7 though the
metal ion could also be eluted. The exchangeable hydrogen
ion in the resins was determined by direct potentiometric
titration in a solution of sodium chloride (this applied in
presence of Cd, Pb and Ba) or by elution in a column with
barium chloride solution, followed by conductometric ti-
tration with standard base (this was necessary if UC2++
was present).

(c) Equilibration—For the equilibrium measurements
which were the main purpose of this research, weighed
amounts of air-dried resins were placed in flasks with known
volumes of solutions and stirred or shaken, with tempera-
ture constant to +1°, until no further change in solution
composition was noted. In most series of tests, variable
amounts of hydrogen resin and constant volumes of metal
perchlorate solution were used; that is, series of experi-
ments were run at constant total normality.

Exchanges are slower with divalent ions than with uni-
valent ions on account of their smaller diffusion rates.8
It is better to start with hydrogen ion in the resin than with
metal ion, because the exchange rate is governed primarily
by the diffusion of the ion which is initially in the resin.192
Starting with hydrogen resin we found six hours to be more
than enough to reach a steady concentration unless the
residual metal ion concentration in solution was very low,
when times up to 2 days were required.

The proper criterion of equilibrium is the attainment

(12) A. Claassen and J. Visser, Rec. trav. chim., 65, 211 (1946).

(13) C. Duval, “Inorganic Thermogravimetric Analysis,” Elsevier,
1953, p. 510.

(14) E. P. Bullwinkle and P. Noble, J. Am. Chem. Soc., 80, 2955
(1958).

(15) J. H. Yoe, F. Will and R. A. Black, Anal. Chem., 25, 1200
(1953).

(16) J. A. S. Adams and W. J. Maeck, ibid., 26, 1635 (1954).

(17) H. Diehl and G. F. Smith, Talanta, 2, 209 (1959).

(18) G. E. Boyd and B. A. Soldano, J. Am. Chem. Soc., 75, 6091
(1953).

(19) M. S. Plesset, F. Helfferich and J. N. Franklin, J. Chem.

829 Phys.. 29, 1064 (1958).

(20) F. Helfferich and M. S. Plesset, ibid., 28, 418 (1958).
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of the same final distribution from two directions. Where
the distribution shifted with temperature this test could be
made very simply by measuring the solution composition
at one temperature, changing the temperature and measur-
ing the new distribution, then returning to the original tem-
perature and analyzing the solution again. Such tests were
made in several cases, and particularly with the U021i +
exchange in 16% crosslinked resin where the approach to
equilibrium is relatively slow. Very good checks were ob-
tained, proving that equilibrium was reached. Adequate
checks were obtained by shaking cadmium-saturated resins
with perchloric acid and comparing the final distributions
with those reached from hydrogen-saturated resins and
cadmium perchlorate (Fig. 4).

To withdraw samples of solution for analysis a pipet was
used with a plug of glass wool over the tip to filter out resin
particles. If necessary the solutions were centrifuged.
In recovering the resins for analysis after equilibration it
was important to separate resin and solution as completely
as possible before rinsing the resin, since dilution shifts the
equilibrium. The resin analysis served as a check on the
solution analysis and was particularly important when the
proportion of hydrogen ion in the resin was low.

(d) Water Uptake.— The amount of water taken up by the
swollen resin beads was determined for the hydrogen resins
and for the resins saturated with each of the metal ions
used. (The uranyl resin retained about 5% hydrogen ion
to avoid hydrolysis.) The water uptake of two mixed
hydrogen-barium resins was also measured.

Two methods were used. In one, a weighed amount of
air-dried resin (about 0.5 g.) was wetted with water, allowed
to stand at least an hour, then blotted dry on filter paper and
quickly transferred to a bottle which was stoppered and
weighed. This procedure was repeated until weights con-
stant to 10 mg. were obtained. This technique has been
used by other workers.2L However, it is empirical and liable
to yield values which are too high.

The second method was an isopiestic vapor uptake
method. Weighed 0.3-g. samples of air-dried resins were
placed in weighing bottles which were supported, without
their stoppers, in a small aluminum desiccator by means of
rubber rings. This desiccator, which had holes drilled in
its sides, was placed inside a glass vacuum desiccator,
the bottom of which contained 1.25 m sodium sulfate solu-
tion. The bottoms of the weighing bottles just touched
the surface of this solution. The glass desiccator was
closed and evacuated by means of an aspirator, then shaken
gently at 25 = lountil the resins had come into equilibrium
with the water vapor. This took 24-36 hours.

The relative humidity above 1.25 m NaZ04 is 95.7%
at 25°. According to the vapor pressure curves of Boyd
and Soldano2 an 8% crosslinked H-resin has about 91% of
its maximum water content at this humidity. Though
this fraction is not the same for all cationic forms of the
resin, the water uptakes measured at 95.7% humidity will
be comparable for the different resins and will indicate a
lower limit to the maximum water uptake.

(e) Salt Uptake—To measure the uptake of neutral
salt or of co-ions, weighed 5-g. quantities of resins saturated
with different metal ions were placed in small flasks with
measured volumes (15-20 ml.) of standardized solutions of
salts of the same metal that was in the resin. The flasks
were shaken for an hour and the solutions then analyzed.
The water uptake measured by the blotting method was
used to compute the molal co-ion concentration, and hence
the salt invasion, in the resin beads. This was compared
with the co-ion concentration expected from the Donnan
equilibrium, assuming complete ionization in the resin
and ideal solution laws.

(f) Activity Coefficient Ratios.—To measure the ratios
?H+2/70d+and 7H+27Pb+ this cell was used

Metal amalgam / M (C1042 /glass
(liquid, saturated)/ + HC104(aq.)/ electrode

The e.m.f. of this cell is

= B°+ 5= INQ{5— + In
A R+ 2E "M T2, @
E° was evaluated by several series of experiments with suc-

(21) O. D. Bonner, W. J. Argersinger and A. W. Davidson, J. Am.
Chem.. Sor... 74. 1044 (1952).
(221 G. E. Boyd and B. A. Soldano, Z. Elektrochem., 57, 162 (1953).
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Equivalent fraction Ba++ in resin.

Fig. 3.—Barium-hydrogen exchange, 8% crosslinked
resin, 25°. Solid line, concentration quotient; dashed line,
activity quotient. The data for 50° are so close to those for
25° that they are not plotted.

cessive dilutions of the cell liquid, keeping the ratio of metal
ion to hydrogen ion concentration constant. The quantity
{E —BT/2F InM'h+2/U m+) was plotted against the square
root of the icnic strength and extrapolated to zero ionic
strength. After e° had been determined, further series
of experiments were made in which the ratio of metal ion
to hydrogen ion concentration was varied while the ionic
strength was kept constant.

Exclusion of air was essential, and the cell was designed
so that known volumes of solutions could be added and re-
moved without admitting air. The solutions were purged
with purified nitrogen. The amalgam was supported in a
cup, and its surface could be renewed at any time. The
temperature was 25 * 0.01°, the e.m.f. was measured
with a Leeds and Northrup Type K potentiometer and
thermionic amplifier.

Results

(@ Water Uptake—These data are shown in
Table I. The blotting method gives results which
appear to be slightly high, if we assume that the
water uptake at 100% humidity is about 10% more
than that at 95.7% humidity. Our results for the
8% crosslinked resins agree satisfactorily with
those of Bonner and Smith.23

There is no obvious correlation between water up-
take and affinity of ions for the resin. The non-
linear dependence of wmter uptake on resin composi-
tion for mixed barium-hydrogen resins is unex-
plained, and does not seem to influence the ion
exchange equilibrium.

The water uptakes were used to calculate the
co-ion concentrations in the resins, which appear

(23) O. D. Bonner and L. L. Smith, J. Phys. Chem., 61, 326 (1957).



1480

15

10

0.5
0.2 0.4 0.6 0.8
Equiv. fraction Cd++ in resin.

Fig. 4.—Cadmium-hydrogen exchange, 8% and 4%
crosslinked resins. Solid lines, concentration quotients;
dashed lines, activity quotients. For 8% crosslinking:
+ 0.146 N, 25°; o0, 0.146 N, 0°; X, Cd resin plus HC104
0.12 25°. For 4% crosslinking: +, 0.210 N, 25°; o,
0.05 N, 25° X, Cd resin plus HC104 0.18 N, 25°. Tri-
angles refer to 16% crosslinked resin, 0.20 N, 25°.

in Table Il. They were also used to make a small
correction to the volume of the solution in the ion
exchange equilibrium experiments.

(b) Salt Uptake.—The salt uptake by a resin
placed in an aqueous solution is a rough indication
of ion pairing within the resins or other departure
from the behavior of ar ideal strong electrolyte.
The last column of Table 11 gives the co-ion uptake
expected according to the Donnan equilibrium if
the resin phase behaves as an electrolyte solution
having the same activity coefficients as the external
solution. The measured co-ion uptake was never
less than this ideal value, except in one case where
there was obviously a small experimental error.
Among the divalent metal ions, the uranyl ion
showed the least association or departure from
ideality; cadmium and barium showed more de-
parture, and lead showed the most. This is roughly,
but not exactly, the order of increasing affinity for
the resin.

The metal ions may associate with the perchlo-
rate ions, or with the sulfonate ions of the resin, or
both. Association with the sulfonate ions seems
more likely. If ion pairing occurs the activity of
the metal ion in the resin will be reduced, and the
activity and concentration of the perchlorate ion
correspondingly increased to preserve the Donnan
equilibrium. lon pairing, therefore, could account
for the observed co-ion uptake.

(c) Activity Coefficient Ratios in Solution.—
Figure 1 shows a series of curves for the activity
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Table |

W ater Uptake by Resins

Resin Water uptake, g./meq. resin
€eross- Isopiestic,
linking, Blotting 96%_
% Cation method humidity
4 H+ 0.44
Cd++ .35
Pb ++ .34
uo2++ .45
8 H+ .25 0.192
70% H+, 30% Ba++ 21 134
10% H+, 60% Ba++ 13 .099
Ba+ + 13 .102
Cd++ .19 .159
Pb++ 145 120
U02++ 8 .143
Tabite Il
Co-ion Uptake by Resins
Resin Co-ion concn., equiv./kg. water
Cross- Cation In resm
linking, (counter- . In In (ideal
% ion) Co-ion soin. resin Donnan)
4 Pb++ C104 0.152 0.123 0.033
Uo02++ C104 .380 110 110
U02++ C104 .040 .003 .0012
8 H+ C104 211 .032 .009
Ba++ C104 .210 .092 .034
Cd++ C104 179 .072 .031
Cd++ C1- .063 .083 .006
Pb++ cior .149 .103 .025
uo2++ CiO4 19 (- .005)  .0075
uo2++ Cl- .090 .011 .011

coefficient ratio, yn +2 tm +4 as a function of solu-
tion composition at constant total ionic strength.
In Fig. 2 the activity coefficient ratio for low metal
ion :hydrogen ion ratios is plotted against the square
root of the ionic strength. Here the experimental
curves for lead and cadmium are compared with a
curve calculated from the Debye-Huckel equation

Az+ -s/jx

1 BavM @

where nis the ionic strength, z+, z- are the charges
on the ions, a is theomean distance of closest ap-
proach (taken as5.5 A.), and A, B are equal to 0.509
and 0.330, respectively, for aqueous solutions at
25°. The desired activity coefficient ratio is, of
course, yzx(hciodV7+[M(cio)q3 It is assumed
that there are no specific ionic interactions.
Neither lead perchlorate-perchlorate mixtures
nor cadmium perchlorate-perchloric acid mixtures
obey equation 2 exactly. For uranyl perchlorate-
perchloric acid mixtures, however, the activity
coefficient ratio had to be estimated by using equa-
tion 2, since it could not be measured experimen-
tally. For barium perchlorate-perchloric acid
mixtures the activity coefficient ratios were cal-
culated by means of Harned's rule, taking the activ-
ity coefficients for the individual perchlorates from
the compilation of Robinson and Stokes2and using
the interaction coefficients found for barium chlo-
ride-hydrochloric acid mixtures.®

log 7+

(24) R. Robinson and R. H. Stokes, “Electrolytic Solutions,”
Butterworth's Scientific Publications, London, 1955.

(25) H. S. Haraed and R. Gary, J. Am. Chem. Soc, 76, 5924
(1954).
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Fig. 5—Lead-hydrogen exchange, 8% and 4% crosslinked
resins. Solid lines, concentration quotients; dashed lines,

activity quotients (25° only). +, values for 8% crosslink- Fig. 7— Uranyl-hydrogen exchange, 8% crosslinked resin.

ing; x, values for 4% crosslinking. Circled crosses show k  Concentration quotients only. Crosses, 0.04 1/ circles,
for Pb resin plus 0.126 N HCIOi, 25°. Other solution g .

normalities were 0.139 (25°) and 0.146 (50°).

Fortunately, uncertainties in activity coefficient
ratios affect the shape of the ion exchange distribu-
tion curves only slightly. In most of our equilibra-
tions the final concentration of metal ion in solution
was very low, and exceeded the concentration of
hydrogen ion only for the very highest metal ion
loadings of the resin. Thus the correction of dis-
tribution quotients for solution activities did not
change the shape of the curves significantly except
at the highest values of Nm +, the equivalent frac-
tion of metal ion in the resin.

(d) lon Exchange Distributions.—In Figs. 3 to
8, distribution quotients are plotted against
equivalent fraction of metal in the resin for sets of
experiments at constant total normality. The dis-
tribution quotient is defined by

Nm#* v Cm
An-3 Cmt++

where the N’s are equivalent fractions of ions in the
resin, that is, the number of gram-equivalents per
gram-equivalent of resin anions, and the C's are
concentrations in solution in gram-equivalents per
liter.

Correcting for solution activities the quotients
= kyu+27m +are obtained. These are plotted

as dashed lines in Figs. 3 to 8.
To evaluate activity coefficients for the cation-
resin combinations one must choose standard ref-
Fig. 6 Uranyl-hydrogen exchange, 4% crosslinked erence states. Then one can define a stanQard free
resin. Solid lines, concentration quotie’nts; dashed lines, energy for the ion exchange process. Gaines and
activity quotients at 25° +,0.09 At o, 0.34 IV, 25°. Thomaschoose as standard states the “pure” res-

Equiv. fraction U02 ++ in resin.
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Equiv. fraction U02++ in resin.

Fig. 8.— Uranyl-hydrogen exchange, 16% crosslinked resin.
Concentration quotients only; solutions all 0.04 N.

ins, containing one kind of counterion only, in
equilibrium with pure water. For the reaction

2 H Res (pure, in pure water) + M(C10«)i (aq., a = 1) — >
M Res2 (pure, in pure water) + HC104(aq., a = 1)

they show that the equilibrium constant, K, and the
standard free energy, AF°, are given by the equa-
tion (here written for divalent ions displacing uni-
valent ions from the resin)

K*- m -

+ /> K-iN- + '-(w)

—2J" n,dlInae 4

K &is expressed in equivalent fractions in the resin
and molar concentrations in solution; it equals 2fa
The quantities fm(@) and fn(b) are the activity
coefficients of the pure metal and hydrogen resin-
ates in salt and acid solutions of the concentrations
used in measuring K& nais the number of moles of
water per equivalent of exchange sites, and as its
activity.

The last two terms in equation 4 relate to the
water uptake of the resin and its degree of swelling.
They were shown by Cruickshank and Meares to
contribute not more than 3 cal. to AF° for the
hydrogen-sodium exchange in 0.1 N solution.7 In
the exchanges we studied their contribution is
certainly larger. Furthermore, the co-ion uptake,
neglected in deriving equation 4, is appreciable.

H. F. Walton, D. E. Jokdan, S. R. Samedy and W. N. McKay
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Fig. 9.—Resin activity coefficients, barium-hydrogen and
lead-hydrogen exchanges at 25°.

We do not yet have the experimental data to
evaluate these effects, and therefore have ignored
them in our calculations.

Putting /m (o), /n(5) and as equal to unity, the
activity coefficients of the résinates in a mixed
resin of composition Jvh, A m are given by 10
-AT -AT InAT +

In/, = In AladAT (5)

Inn2= AT + AT INA&— In AT dAT (6)
J An

The equilibrium constant then equals
K = Am//h2 @

Activity coefficients calculated by equations 5 and
6 are shown in Figs. 9 and 10.

Figure 11 shows the temperature dependence of
log kfor the U02++TH+ exchange. The enthalpies
of replacement of two moles of hydrogen ion in the
resin by one mole of metal ion in this and the other
exchanges are given in Table Ill. For various rea-
sons no great accuracy is claimed for these values.

Tabte Il
Enthalpy op Exchange
Cation Ba Cd Pb uo2
Resin cross- 8 8 4 8 4 816
linking
AH, cal./ -50 1600 2000 4400 2600 3000 4600

mole M ++
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Discussion of Exchange Equilibria

The most striking feature of the data shown in
Figs. 3 to 7 is the increase of distribution quotients
with increasing proportion of metal ions. Figure 8,
for 16% crosslinked resin, shows a decrease in k
with increasing metal ion loading; in all other
cases the affinity of the resin for metal ions seems
to rise as the proportion of these ions increases.

In part this tendency reflects the choice of equiv-
alent fractions, rather than mole fractions, to
describe the concentrations of the metal résinates.
A change to mole fraction units would divide k by 2
for Am = 0, by 4 for Am = 1; that is, the rise in k
would be diminished by a factor of 2. This would
reverse the slope of the graphs in a few cases
(mainly for 4% crosslinked resins), but not, for
example, in the barium-hydrogen exchange, where
fa increases by a factor of more than 30 as barium
replaces hydrogen in the resin.

One might also choose to express metal resinate
concentrations with respect to the water content of
the resin, that is, as molal concentrations, yet a
glance at Table | shows that the change in water
content as barium ions replace hydrogen ions, for
example, is not nearly enough to explain the change
of k with A on a concentration basis alone. There
seems no doubt that the affinity of the resin for
metal ions increases with increasing loading. The
same trend has been found for the Sr++-H + ex-
change,3 the Hg++-H + exchange,® and, at high
metal ion loadings, for the Cu++-H+4and Zn++-
H +27 exchanges. It is observed with certain uni-
univalent exchanges too, such as Cs+K +3 and
Ag+-H+.B8

The selectivity of ion exchange resins is increased
by increasing the crosslinking. This is a general
trend which many people have observed. Now,
the substitution of divalent ions for hydrogen ions
has a similar effect to an increase in crosslinking;
it shrinks the resin and reduces its water uptake.
Another influence that shrinks the resin is an in-
crease in external solution concentration; this
particularly affects weakly crosslinked resins.
Figures 4 and 6 show that an increase in solution
concentration favors the binding of Cd++ and
U02++ by 4% cross-linked resin. The increase
in fa is even more than the increase in k. It
is'more noticeable at lower metal: hydrogen ratios,
that is, when the resin swelling is greater.

Thus it seems that any factor which shrinks the
resin favors the binding of these divalent ions.
An important influence (except, perhaps, with
UO02++) is probably the formation of ion pairs.
lon pairing depends on charges and ionic radii,
and should increase greatly as the resin loses water
and its internal dielectric constant falls. Evidence
for ion association comes from the salt uptake data
of Table Il. It is also worth noting that in the
Ag+-H + exchange study by Bonner, et al 2 the
salt uptake rose sharply with A a8, paralleling the
equilibrium quotient.

(26) H. F. Walton and J. M. Martinez, J. Phys. Chem., 63, 1318
(1959).

(27) N. J. Meyer, W. J. Argersinger and A. W. Davidson, ,/.

/
Chem. Soc.. 79, 1024 (1957). %
(28) O. D. Bonner, W. J. Argersinger and A. W, Davidson,

74, 1044 (1952).
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Fig. 10.—Resin activity coefficients, cadmium-hydrogen
and uranyl-hydrogen exchanges at 25°. Cadmium-hydro-
gen: curves (a) and (b), 4% crosslinking, 0.210 and 0.059 AT
solutions, respectively; curve (c), 8% crosslinking, 0.146 IV.
Uranyl-hydrogen: 4% crosslinking, 0.09 Absolutions; 8 and
16% crosslinking, 0.04 A' solutions. Constant activity
coefficient radios are assumed in the uranyl-hydrogen ex-
changes.

Fig. 11. —Equilibrium constants and temperature, uranyl-
hydrogen exchanges.

With high resin crosslinking the steric effect may
hinder the uptake of the larger metal ions. The
data for the UO2++H+ exchange in 16% cross-
linked resin can be explained in this way (Fig. 8).

In discussing the U 02++-H + exchange the ques-
tion arises whether our results might be complicated
by hydrolysis of the uranyl ion. We do not think
this is likely, because the perchloric acid concen-
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tration in solution was almost always more than
0.02 M, and Ahrland® found the hydrolysis of
uranyl perchlorate to be negligible below pH 2.5.
We made two experiments at pH 3-4 and found
that hydrolysis products of U02++ are actually
hindered from entering the resin.

The enthalpies of exchange (Table I11) are of the
same order as those reported by other workers.
Direct comparison with the values of Kraus and
Raridon8 is not possible, as these workers used a
resin with 12% crosslinking and loaded it with
metal ions to less than 1% of its capacity. For
the Ba++-H+ exchange their data yield a mean

(29) S. Ahrland, Acta Chem. Scand., 3, 374 (1949).

A. M. Shams EI Din, S. E. Khalafallaand Y. A. EI Tantawy
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AH between 25 and 50° of —980 cal./equiv. or
—1960 cal./mole, where we found only —50 cal./
mole. For the Cd++-H + exchange they quote a
value of +2800 cal./mole; we found 1600 cal./mole
with an 8% crosslinked resin.

Further discussion of the thermodynamics of
heavy metal ion exchanges must await more com-
plete and more accurate data, particularly concern-
ing electrolyte uptake and water uptake.
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The passivation of cadmium amalgams of different concentrations was studied in 0.1 N NaOH solutions at 25°.

The

polarization curves obtained under constant currents exhibited one step corresponding to the formation of Cd(OH)2 The
potential of this process depends on the mole fraction of cadmium in the amalgam. The process of passivation is coulombic

in nature.
low zinc concentrations.

mium is explained. For the reaction Zn + Cd(OH)2 s

3.53 X 10~4%cm. min.-1, respectively.

The study of the anodic behavior of metallic
amalgams offers some advantages over that of
solid electrodes of which three deserve mentioning.
First, it allows a new variable, viz., the metal atom
concentration to be examined. This helps in gain-
ing a deeper insight into the mechanism of passiva-
tion of metals. Second, amalgams can be easily
prepared in a high state of purity and thus the
effect of other metallic impurities is excluded. As
will be seen from the results of the present in-
vestigation, such traces of impurities can alter the
electrodic behavior of the metal under study to a
greater or lesser extent depending on their relative
concentrations. Finally, due to the liquid nature
of the amalgam, both the geometrical and the
true surface area of the electrode are the same.

In continuation of previous work on the elec-
trodic behavior of metallic amalgams in solutions
where passivity can readily set in, this paper deals
with the behavior of simple cadmium amalgams
and cadmium-zinc amalgams. No previous re-
ports on amalgams from this standpoint have been
published.

The behavior of cadmium amalgams has been
studied by some authors in acid and neutral media.
Thus, Heyrovsky and Kalousek,2 Lingane,3 and

(1) Laboratory of Electrochemistry and Corrosion, National Re-
search Center, Dokki, Cairo.

(2) J. Heyrovsky and N. Kalousek, Coll. Czech. Chem. Commun., 11,

464 (1939).
(3) J. J. Lingane, J. Am. Chem. Soc., 61, 976 (1939).

The anodic oxidation of cadmium-zinc amalgams gives one oxidation step for high and two oxidation steps for
The effect of cadmium on the oxidation step of zinc and that of zinc on the oxidation step of cad-

> Zn(OH)2 + Cd kt and kb are calculated to be 2.33 X 10-31and

Stakelberg and Freyhold4found that the dropping
cadmium electrode (by analogy to the dropping
mercury electrode) gave anodic (oxidation) waves
in neutral or acid supporting electrolytes due to
the dissolution of the cadmium from the amalgam.
The limiting currents thus obtained were pro-
portional to the cadmium concentration in the
amalgam. Hickling and co-workers66invented the
inverse polarography where the metal (or metals)
present in solution is deposited cathodically on a
stationary mercury electrode and then anodically
stripped by reducing in steps the cell voltage.
Potter and Cooke7applied the same technique but
in stripping the metal a continuously changing
potential was used. The resulting curves exhibited
a peak whose height was proportional to the metal
ion concentration in the original solution. Kemula
and co-workers8 used the hanging mercury drop.
Delahay and co-workers910 applied the potential

(4) M. von Stakelberg and H. V. Freyhold, Z physik. Chem., 46, 120
(1940).

(5) A. Hickling and J. Maxwell, Trans. Faraday Soc., 51, 44 (1955).

(6) A. Hickling, J. Maxwell and J. V. Shenan, Anal. Chim. Acta, 14,
287 (1956).

(7) J. T. Potter and W. D. Cooke, J. Am.
(1955).

(8) W. Kemula, E. Rakowska and Z. Kublik, J. Electroanal. Chem.,
1, 205 (1960).

(9) P. Delahay and C. C. Mattax, J. Am.
(1954).

(10) G. Mamantov,
(1957).

Chem. Soc., 77, 1481

Chem. Soc., 76, 874

P. Papoff and P. Delahay, ibid., 79, 4034
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step and the current step techniques for the study
of traces of metals in solution.

Early work on massive cadmium electrodes was
mainly in conjunction with their use in batteries. 1112
The last two years have shown, however, an
intensified interest in studying the mechanism of
cadmium passivation. Lake and Casey’s experi-
ments13 were conducted under conditions of con-
stant current. The product itv (where ip was the
time after which the potential changed to oxygen
evolution values—usually hours) was not constant,
This value was found to depend on the experi-
mental conditions such as the electrolyte composi-
tion and concentration, temperature and current
density. As a primary passivating species, CdO
was proposed which would later convert to the
hydroxide or carbonate—depending on the elec-

trolyte composition—through a soluble inter-
mediate.
Croft,4 on the other hand, studied the reaction

Cd + 20H- = Cd(OI2+ 2e

as a function of over-potential, time and alkali
concentration. The results thus obtained showed
that the product itl/i was a constant. In some
experiments, however, a continuous transition
from it = const, to it'l — const, was observed.

Sanghi and co-workersb studied the anodic be-
havior of cadmium in alkaline solutions both
galva.nostatieally and potentiostatically. Polariza-
tion curves obtained under constant -currents
showed one or two arrests depending on the con-
centration of the alkali and on the current density.
Stirring was found to shorten the arrest in dilute
solutions and to prolong it in concentrated ones.
itl/ terms were not constant denoting that diffusion
was not the rate-determining step in the passiva-
tion process.

Lorenz3 examined galvanostatically the process
of passivation of cadmium in sulfate and chloride
solutions free from and containing different addi-
tions of the corresponding normal cadmium salts.
In all the cases studied, the i law was found to
be obeyed. Nucleation (Keimbildung) of the salt
on the surface of the anode was considered to be
the rate-determining step in the process of passiva-
tion.

Experimental

The electrical circuit used in obtaining anodic and cath-
odic potential-time curves under conditions of constant cur-
rent was described in Part 1.7 The electrolytic cell has the
same features as described beforel7 with the modifications
mentioned in Part 111.188 The area of the amalgam electrode
amounts to 1.806 cm.2 The cadmium amalgam was pre-
pared electrolvtically in situ from a cadmium sulfate bath
containing 0.1620 g. Cd/ml. The exact strength of the
plating solution was determined— after its accurate hundred-

(11) G. Grube and E. Doetsch, Z. Elektrochem., 42, 247 (1936).

(12) V. S. Lyzlov and co-workers, Russ. Pat., 53,522 and 53,523,
1939, cited in C. A., 35, 2800 (1941).

(13) P. E. Lake and E. J. Casey, J. Electrochem. Soc., 105, 52
(1958).

(14) G. T. Croft, ibid., 106, 278 (1959).

(15) 1. Sanghi, S. Visvanathan and S. Anathanarayanan, Electro-
chim. Acta, 3, 65 (1960).

(16) W. Lorenz, Z. phyaik. Chem. N.F., 20, 95 (1959).

(A7) A. M. Shams El Din, S. E. Khalafallaand Y. A. El Tantawy,
J. Phya. Chem., 62, 1307 (1958).

(18) S. E. Khalafalla, A. M. Shams El Din and Y. A. El Tantawy,
ibid., 63, 1252 (1959).
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& o

Time, min.

Fig. 1.—Anodic polarization of 1% cadmium amalgam
in 0.1 N sodium hydroxide solution: 1, 15; 11, 20; 111,
35; and 1V, 50 /ialelectrode. Dotted part 300 ja./
electrode.

fold dilution—by titration against an exact 0.01 M com-
plexone solution using eriochrome black T as indicator.®
The complete deposition of the cadmium was ascertained by
a spot test using a solution of 8-hydroxyquinoline (0.5 g./
100 ml. methyl alcohol).® The non-appearance of the
usual bright golden yellow spot in ultraviolet light indicated
the absence of cadmium.

The mixed cadmium-zinc amalgams also were prepared
electrolytically. The zinc plating bath was 2 M in zinc sul-
fate and 1 N in sulfuric acid. The complete deposition of
both metals was ascertained by applying spot tests utilizing
8-hydroxyquinaldine® for zinc and 8-hydroxyquinoline for
cadmium. Binary amalgams of the composition (1% Zn +
1% Cd), (0.1% Zn + 1% Cd), (0.1% Zn + 5% Cd) and
(7.25 X 10~%6 Zn + 5% Cd) were prepared by proper dilu-
tion. The amalgam -wes then washed several times with
conductivity water and the water was drained off by a special
pipet and then by small strips of filter paper. Each experi-
ment was carried out on a new electrode and a fresh solution.

The experiments here described were performed mainly in
0.1 N sodium hydroxide solution. The experimental pro-
cedure for obtaining the anodic and cathodic polarization
curves, as well as the anodic decay curves, was described
8e£9re.]713 All measurements were carried out at 25 *

Results and Discussion

The Behavior of the Cadmium Amalgam.—
The variation of the amalgam-anode potential with
time is shown in Fig. 1for a 1% cadmium amalgam
at currents lying between 15-50 jua./electrode.
Amalgams of other cadmium concentrations gave
also the same type of curves. As is seen from these
curves, two steps A and B are to be distinguished.
Part A is ascribed by analogy to the case of pure
mercuryIand the zinc amalgam8to the discharging
of the sodium amalgam formed during the pre-
cathodization period. The quantities of electricity
consumed in this process are reproducible to +5%
and depend primarily on the concentration of the
cadmium in the amalgam. Average values for
this quantity are 330, 254 and 128 mcoulomb. for
the three amalgams 5, 1 and 0.1%, respectively.
The quantity of electricity used in building up of
the sodium amalgam amounts to 3600 mcoulomb.
This shows that the presence of the. cadmium
impurities in the mercury decreases the efficiency
of formation of the sodium amalgam. This has
been attributed in the case of the zinc amalgamB
to the ease of evolution of hydrogen on the metal

(19) W. Biedormann and G. Schwarzenbach, Chimia, 2, 56 (1958).

(20) 1. I. M. El Beih and M. A. Abou El Naga, Anal. Chim. Acta,
17, 397 (1957).
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possessing the lower hydrogen overvoltage (zinc
and cadmium, respectively). The cathodic current
will distribute itself, therefore, between the deposi-
tion of sodium on mercury and the evolution of
hydrogen on cadmium. The potential of this
process will approximate that taking place at the
high overpotential metal but the reaction will
mostly occur at the low overpotential one. The
increase in the sodium deposition efficiency with
increasing cadmium content of the amalgam is
not, however, fully understood. It might be that
cadmium belongs to those metals, e.g., Pb, As, Sn,
Sb and Hg, which easily form an alkali metal
alloy.2l

After the completion of the dissolution process
of the sodium amalgam, there follows a rapid
build up of potential ascribed to the charging of
the double layer.2283 The potential range over
which this process occurs amounts to approximately
0.9 v. When this process comes to an end, the
potential of the electrode remains practically con-
stant (Step B) over a range of time which depends
on both the polarizing current and the cadmium
content of the amalgam.

The different authors seem not to be in agree-
ment regarding the primary passivation products
of cadmium in alkaline solutions. Huber2t from
electron diffraction photographs concluded that
the primary oxidation product of cadmium in
alkaline solutions (NaOH and Na2COs) was the
oxide, which was later converted to the hydroxide
and carbonate, respectively. The same opinion
seems to be accepted by Lake and Casey13and by
Sanghi.l5 On the other hand, Croft¥4 from X-ray
diffraction patterns established that the passivation
product of cadmium was the hydroxide and no
evidence for the oxide was observed.

According to Huber,2 the conversion of CdO
to Cd(OH)2is in accordance with the fact that the
solubility product of the hydroxide is about one
tenth that of the oxide. However, since the reac-
tion between cadmium (atom or ion) and discharg-
ing OH- ions is not subject to any overvoltage
effect, and as the concentration cf the oxygen ions
0*“ is vanishingly small, one is bound to exclude
the idea that the rate of crystallization of CdO
is higher than that of Cd(0H)2 thus permitting
CdO to deposit first.

The results of the present investigation seem to
support the conclusion of Croftl rather than that
of Huber.24 Table | gives a comparison between
the potentials of the systems Cd-Cd(OH)2 and
Cd-CdO and those of Step B observed in the
polarization curves at corresponding pH values.
The values in columns 3 and 4 are calculated from
known thermal data®band by applying the equation

E = E° + 0.059 pOH - 0.029 log X ci @

where Xcd is the mole fraction of the cadmium in
the alloy. The agreement between the measured

(21) G. Bredig and F. Haber, Ber., 31, 2741 (1898);
Trans. Electrochem. Soc., 2, 190, 1904.

(22) A. Hickling, Trans. Faraday Soc., 41, 323 (1945).

(23) S. E. S. El Wakkad and T. M. Salem, J. Chem. Soc.,
(1955).

(24) K. Huber, J. Electrochem. Soc., 100, 37( (1953).

(25) W. M. Latimer, "Oxidation Potentials,” Prentice-Hall, New
York. N. Y., 1953, pp. 39, 173.

F. Haber,
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Table |
% Cd in Starting potent. Equil. potent, Equil. potent,
amalgam of Step B of Cd-Cd(OH)2 of Cd-CdO
0.1 -0.66 -0.664 —0.621
1.0 — .70 — 692 -64g
5.0 - 72 - 740 .698

potentials and those of the system Cd-Cd(OH)2
suggests, therefore, that Cd(OH)2 is the primary
reaction product of cadmium and the discharging
OH- ions. This conclusion finds its support in
the recent work of Ohse® hi which the anodic
behavior of cadmium in alkaline solutions was
studied by the intermittent galvanostatic technique.
The oscillograms thus obtained showed two po-
tential arrests corresponding to

Cd - 2e~ = Cd+2 (2a)
Cd+2+ 20H- = Cd(OH)2 @

and then
Cd+2 + Cd(OH)2 = 2CdO + 2H+ (©)

Similar to the results obtained with the zinc
amalgami8 no step in the polarization curves was
observed for the oxidation of mercury. The reason
for this appears to be the instantaneous reduction
by cadmium (or zinc) of any mercuric ions that
may form. Consideration of the standard free
energy of the reaction

Cd + Hg++ = Cd++ + Hg (&)

which has a AF = —57.96 kcal. indicates that this
reaction is spontaneous. Thus, the mercury has
no chance to show its oxidation step.

From the number of coulombs that passed during
Step B, one can calculate the number of oxygen
atoms that discharged. And by assuming that
the number of cadmium atoms on the surface of the
electrode is that of the bulk concentration, one can
easily calculate the thickness of the hydroxide
formed. By so doing, values ranging between 250-
1000 molecules were obtained. The oxide thickness
decreases, however, as the cadmium concentration
in the amalgam is increased. Trials to extend the
present study to higher cadmium concentrations
and preserving in the meantime the liquid nature
of the electrode were unsuccessful.

The plot of the logarithm of the polarizing current
i as a function of that of the time of passivation
Yyielded almost parallel straight lines for the three
amalgams studied. The slopes of these were
—0.99, —1.01 and —1.01 for the 5 1 and 0.1%
Cd amalgam, respectively. The average slope
could, therefore, be safely taken as —1 This
result suggests that the relation between the two
variables is ir = const., denoting that the passiva-
tion of cadmium amalgams in alkaline solutions is
coulombic in nature. In this respect cadmium
amalgam differs from both pure mercuryl7 and
zinc amalgams18 where diffusion controlled proc-
esses were proved to be operative. The behavior
of the cadmium amalgam resembles, however,
that of the noble metals platinum,2 palladium2
and gold.®

(26) R. W. Ohse, Z. Elektroc.lim., 64, 1171 (1960).
(27) A. M. Shams EIl Din, S. E. Khalafalla and Y. A. El Tantawy,
J. Phys. Chem., 63, 1224 (1959).
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Cathodic polarization curves were obtained when
the electrode was at oxygen evolution potentials
by reversing the polarizing current so as to make
the working electrode the cathode. The behavior
of the three amalgams studied is almost the same.
The curves showed the reduction of the cadmium
hydroxide layer at more or less its reversible po-
tential before the electrode changed to potentials
characteristic for the deposition of hydrogen (and
sodium).

Anodic decay experiments showed the potential
of the electrode to drop directly to the value of the
system Cd-Cd(OH)2 at the corresponding pH
value and the particular cadmium metal concentra-
tion. Thus this system functions as a proper
metal-metal oxide electrode.

The Behavior of Cadmium-Zinc Amalgams.—
The anodic behavior of copper-tin (speculum)3l
and zinc-tin2alloys was studied in this Laboratory.
Two general conclusions were reached from these
researches. First, each of the alloyed metals
oxidizes separately at its particular reversible
potential independent of the other metal. Thus,
the behavior of the alloy on anodic polarization was
the combined behavior of its constituents. Second,
the quantities of electricity consumed in the
passivation of the alloys were considerably less
than those for the pure metals under the same
experimental conditions. This revealed the noble
character of the alloy. It was of interest to de-
termine whether these conclusions apply also to
the case of amalgams.

In Fig. 2 time-potential curves for the mixed
amalgam (5% Cd + 0.01% Zn) obtained with con-
stant currents are shown. The currents used
varied between 250-500 "a./electrode. The curves
of Fig. 2 show that after the dissolution of the
sodium amalgam, there occurs only one step before
the electrode changed to the potential of oxygen
evolution. The potential of this step corresponds
to the building of Zn(OH)2at the pH value of the
medium and at that particular zinc metal concen-
tration. Neither cadmium nor mercury was
oxidized although their concentrations were 500
and 10,000 times that of the zinc. The reason for
the disappearance of the cadmium and mercury
steps can be easily understood if one takes into
consideration the free energy change of the reac-
tions

Zn + Cd(OH)2 = Zn(<)H)2+ Cd )
and

Zn + HgO + HD = Zn(OH)2+ Hg ®)

which amount to —19.96 and —61.92 kcal., re-
spectively.8 The large decrease in the free energy
of the above reactions makes the reduction of
Cd(OH)2and HgO instantaneous so that these two

(28) S. E. S. El Wakkad and S. H. Emara, J. Chem. Soc., 461 (1952).

(29) S. E. S. El Wakkad and A. M. Shams EIl Din, ibid., 3094
(1954).

(30) S. E. S. El Wakkad and A. M. Shams EIl Din, ibid., 3098
(1954).

(31) S. E. S. El Wakkad, T. M. Salem, A. M. Shams El Din and
Z. Hanafi, ibid., 2857 (1956).

(32) S. E. S. El Wakkad, A. M. Shams El Din and H. Kotb, ,/.
Electrochem. Soc., 105, 47 (1958).

(33) Ref. 25, pp. 169, 173, 175.

Passivation of Cadmium and its Amalgams in Alkali Solutions

1487

Time, min.
Fig. 2.—Anodic polarization of 5%
amalgam in 0.1 N sodium hydroxide solution: |1,
11, 300; 111, 400; and IV, 500 /,a./electrode.
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Fig. 3.—Anodic polarization of 5% Cd + 7.25 X 10_4%
Zn amalgam in 0.1 N sodium hydroxide solution: 1, 35;
11, 50; I, 75; and IV, 100 /;a./electrode.

oxidation steps will not appear in the polarization
experiment.

It was felt that if one decreases the concentration
of zinc in the amalgam to a very low value and
increases that of the cadmium to a comparatively
high one, one can vary the free energy change of
reaction 5 in the direction of zero or possibly posi-
tive values. This would give the cadmium in the
amalgam a chance to oxidize in its normal way.
Several amalgams having high Cd/Zn concentra-
tion ratio were experimented with and the amalgam
having the composition of (5% Cd + 7.25 X 10 _4%
Zn) gave the expected result. In Fig. 3 the anodic
oxidation of this amalgam under different polarizing
currents is shown. The dotted parts of the curves
show the discharge of the sodium amalgam at a
current of 300 /;,a./electrode to enhance its dissolu-
tion. The rest of the curves were run at the cur-
rents given in the legend. The starting potential
of the zinc oxidation step is —1.06 v. and that of
the cadmium is —0.70 v. Calculated values are,
respectively, —1.05 and —0.72 v. The agreement
between the two sets of potentials is convincing
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that both metals are oxidized. Under these con-
ditions of metal concentration (or with still lower
Zn/Cd ratio) the behavior of the mixed amalgams
resembles that of metallic alloys.

Of extreme interest is the influence of the
cadmium on the oxidation process of zinc. Thus,
it has been shown that the oxidation of zinc amal-
gams is a diffusion controlled process.’l8 A plot
of the logarithm of the passivation time r against
that of the passivating current gave parallel
straight lines whose slope amounted to —2.
Similar plots for the (5% Cd + 0.01% Zn) amalgam
(in which the oxidation step of cadmium does not
appear) gave a straight line of slope equal to
-1.56. The (5% Cd + 725 X 10-“% Zn)
amalgam, on the other hand, (in which the oxida-
tion step of cadmium appears) gave a slope of
-1.27.

Thermodynamically it is improbable for Cd(OH)2
to form in the presence of metallic zinc. However,
from the Kinetic point of view, it is equally probable
that a discharging OH- ion can react with a
cadmium or a zinc atom on the surface of the
electrode. This probability increases as the con-
centration of the cadmium in the amalgam in-
creases or that of zinc decreases. Once cadmium
hydroxide is formed, it is reduced to the metallic
state by zinc. This state of affairs could be
treated in a more quantitative manner as follows.

The oxidation of the zinc in the amalgam—being
a diffusion controlled process—is expected to
follow the relation

B 0 BT %)

where D is the diffusion coefficient and C the con-
centration of the diffusing species. For pure zinc
amalgams the product irl/2is constant and inde-
pendent of the polarizing current i 8 For the
mixed zinc-cadmium amalgams, on the other
hand, this is not the case. The plot of fr'/lzn
against the polarization current i gave a perfect
straight line which could be expressed in the form
ITltzn = 285 + 277a * This shows that the
process occurring at this potential is not com-
pletely diffusion controlled.

Evidently such deviation from expectation is due
to the reaction

Cd + 20H- = Cd(OH)2+ 2e" (8)
followed by the kinetic reaction
kt
Cd(OH)2+ Zn Zn(OH)2+ Cd ©)

The result of the occurrence of reaction 9 is that
the zinc step should increase at the expense of the
cadmium present. Expressed in other words, the
step in the anodic polarization curves occurring
at the Zn-Zn(OH)2 potential is in fact composed
of two parts. The first one is that which should
occur if the amalgam contained only zinc. Its
duration is determined by a diffusion process and
could be represented by rd. The second part is that
due to the generation of newly formed zinc hy-
droxide by some of the cadmium which struggles
to form a hydroxide but is reduced by the zinc
metal of the amalgam. This added duration to the

A. M. Shams EI Din, S. E. Khalafalla and Y. A. EI Tantawy
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zinc step is kinetic in nature and could be sym-
bolized by Tt

For a pure zinc amalgam (not containing cad-
mium) of a concentration of 7.25 X 10~&6 Zn,
the product ir/2 is practically constant and
amounts to 285 n& min‘/!/electrode.34 The dif-
ference between the measured ir'~zn values at
the different currents and zrlja will give the cor-
responding values of ir\.

For an anodic electrochemical reaction preceded
by a chemical reaction, ir \ is related to the
polarizing current i and to the reaction constants
by the equation®

irvt = VIM- 2Z(fcTTW. x * (10

where K is the equilibrium constant for the first-
order chemical reaction preceding the electro-
chemical one, k[ and kh are the forward and back-
ward rate constants for the chemical reaction.
This shows that the plot of frlZznvs. i possesses a
slope of

.
2K (3c, + Ky A

The equilibrium constant K of reaction 9 could be
calculated from thermodynamical data. Thus, at
25°

20.14 kcal.®

AF=-RT]nK-=-

Hence
K = i<b: 6.61 X 1014

On the assumption that reaction 9 occurs in one
step and with the help of the slope of the it ~zn
vs. i plot (2.77s) and the value of K one calculates

ki — 2.33 X 10-31 cm. min.-1
and
kb — 3.53 X 10-46 cm. min.-1

The presence of zinc in the amalgam also affects
the process of oxidation of cadmium but, however,
in a different manner. Although the process of
oxidation remains coulombic in nature, yet the
quantities of electricity consumed in the cadmium
hydroxide step are larger in the presence of zinc
than in its absence. For the pure 5% Cd amalgam
(not containing zinc) the average quantity of
electricity consumed in building up of the cadmium
hydroxide layer amounts to 42700 “coulomb.
The corresponding figure for the same amalgam
but containing 7.25 X 10~&6 Zn is 103100
Ixcoulomb. This increase in the quantity of
electricity is due to both a further oxidation of
the zinc along this step and to the reoxidation of
the cadmium reduced by the zinc metal.

Another fact to be mentioned in connection with
the presence of zinc on the polarization charac-
teristic of the amalgam concerns the potential of
oxygen evolution on the mixed amalgam electrode.
Thus, the presence of traces of zinc in the amalgam
increases the overpotential of oxygen evolution
from that characteristic for cadmium to that on

(34) Y. A. El Tantawy, M.Sc. Thesis, Cairo University, 1959.

(35) P. Delahay, “New Instrumental Methods in Electrochemistry,”
Interscience Publishers Inc., New York, N. Y., 1954, p. 199.

(36) Ref. 25, pp. 168 and 173.
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zinc and zinc amalgams. The same behavior was
also observed on solid alloys of zinc and tin.3L

Cathodic polarization curves for the mixed
amalgams are rather simple. These curves show
only one step corresponding to the reduction of
the zinc hydroxide film at its reversible potential.
No step for the reduction of Cd(OH)2is observed.
Most probably the process of reduction of the oxides
starts at the interface metal-oxide. The generated
zinc atoms will reduce the cadmium hydroxide
layer chemically before it has a chance to be re-
duced electrochemically. The same type of curves
also is observed with amalgams not showing the
Cd(OH)2 oxidation step.

Anodic decay curves on the other hand reveal
that the cadmium hydroxide is stable once it is
separated from the metallic electrode by a layer
of zinc hydroxide. Amalgams not showing the
oxidation step of cadmium give anodic decay curves
characteristic of zinc.

In conclusion, it is here suggested that the
product tr/, obtained under conditions of constant
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currents, be termed the “Passivation Index” since
it gives a clear understanding of the process of
passivation. Thus, when this index is constant
and independent of the polarizing current, then
the process of oxide formation is governed by
diffusion. The variation of the experimental con-
ditions will enable the establishment of the diffusing
species.

On the other hand, when the index ZV'A increases
parabolically with the polarizing current, i.e.,
ir = Ailor ir = const., then the formation of the
oxide film is coulombic.

Finally, when the product ir Adncreases linearly
with the polarizing current, then the metal (or
alloy) contains a second constituent—perhaps in
traces—which is nobler than the metal whose
oxide is being formed. The duration of the oxide
formation is thus partly due to a kinetic process.
The noble metal might or might not be oxidized
depending on its relative concentration and on
the difference between the formal electrode po-
tentials of the two metals.

RELATIONS AMONG THE SOLUBILITIES OF NITROGEN, ARGON AND
OXYGEN IN DISTILLED WATER AND SEA WATER1
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Experiments have been carried out with a mass spectrometer to determine the ratio of the solubilities of nitrogen and
argon in distilled water and sea water as a function of temperature. The literature on the solubilities of nitrogen, oxygen
and argon has been examined critically in an attempt to clarify a generally confusing situation. The nitrogen/argon ratios,
together with the results from somewhat less precise nitrogen/oxygen solubility ratio measurements reported here, have
been used to intercompare the solubility determinations on the three gases as made by various workers. For distilled
water seven independent lines of evidence are internally consistent, and it is suggested that the most reliable results are
oxygen solubility coefficients from Elmore and Hayes, “atmospheric nitrogen” solubility coefficients from Hamberg, and
the ratios of the solubility coefficients for nitrogen and argon from this research. From these, all the solubilhy coeffi-
cients for distilled water can be calculated. For sea water the situation is less clear cut, but it is suggested that the
best data available are oxygen solubilities from Fox, Rakestraw and Emmel nitrogen solubilities corrected to dry air, and
nitrogen to argon solubility ratios from this research. A combination of the last two provides the first information available

on the solubility of pure argon in sea water.

Introduction

During the course of experiments by Benson
and Parker,3and Richards and Benson,4on gaseous
nitrogen and argon dissolved in sea water, it be-
came desirable to know with an accuracy ap-
proaching 0.1%, the ratio of the saturated solu-
bilities of the two gases in sea water equilibrated
with atmospheric air.

Values for the solubility of nitrogen in sea
water have been given by Fox6 and Rakestraw

(1) Contribution No. 1154 from the Woods Hole Oceanographic
Institution. This research was supported in part by National Science
Foundation grant G4650 to Amherst College. A major part of the
preparation of the material for the manuscript was carried out during
1959, when B.B.B. was the recipient of a John Simon Guggenheim
Memorial Fellowship.

(2) Now National Science Foundation Fellow and Danforth
Fellow, Department of Physics, California Institute of Technology,
Pasadena, California.

(3) B. B. Benson and P. D. M. Parker, Deep-Sea Res., 7, 237
(1961).

(4) F. A. Richards and B. B. Benson, ibid., 7, 254 (1961).

(5) C. J. J. Fox, Trans. Faraday Soc., 5, 68 (1909).

and Emmel.6 Their results disagreed markedly
with one another. For example, at 0° Rakestraw
and Emmel reported values approximately 1.2%
higher than Fox (after correction for argon),
while at 25° their values were lower than those of
Fox by 7.5%. The only available data for argon
were those of Rakestraw and Emmel,6 which they
have stated7 to be “probably no more accurate
than to about5%. .. Furthermore, the “argon”
to which they referred was the total residual gas
after removal of carbon dioxide, oxygen and nitro-
gen.

Because the uncertainties in the nitrogen and
argon solubilities were considerably greater than
the accuracy required for our work, new experi-
ments employing a mass spectrometer were under-
taken to determine the ratio of the two solubilities

(6) N. W. Rakestraw and V. M. Emmel, J. Phys. Chem, 42, 1211
(1938).

(7) N. W. E.akestraw and V. M. Emmel, J. Marine Res., 1, 207
(1938).
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in sea water as a function of temperature and
salinity, and in distilled water as a function of
temperature.

In addition an attempt was made to obtain the
individual solubilities of nitrogen and argon.
The procedure involved gasometric determinations
of the total nitrogen, oxygen and argon extracted
from water equilibrated with air, together with
measurements of the ratio of nitrogen to oxygen
and the ratio of nitrogen to argon. Unfortunately,
the volumetric results were not reliable and they
are not reported here, but it was realized that the
two kinds of ratio measurements, alone, provided
a means for at least a partial clarification of the
generally confusing situation with respect to
gas solubilities. Recently, for example, the solu-
bility of oxygen has been a subject of particular
controversy.8-11

In general, it probably is correct to state that
although the precision of solubility measurements—
gauged by the gross amplitude of scatter of re-
peated measurements—has ranged approximately
from 1 to 0.5%, the results from various workers
have differed by as much as 3%, even for a gas as
extensively studied as oxygen. Stated in another
way: gas solubility measurements have been sub-
ject to small random errors but large systematic
errors.

In the absence of demonstrable sources of syste-
matic error, the only basis for choosing one set of
results as probably the most reliable for a particu-
lar gas has been substantiation by several workers
on that single gas. For example, the fact that the
values for oxygen in distilled water found by
Elmore and Hayes,11 Morris,0DFox,6and Winkler2
are in essential agreement (0 to 1%, depending upon
temperature), justifies the conclusion that some
average of these values probably is more accurate
than the values of Truesdale, et aU (The fact
that Elmore and Hayes carried out more experi-
ments than anyone else, and found excellent
“consistency,” indicates only that their precision
was very good, not that they had a smaller syste-
matic error than, for example, Fox.) Neverthe-
less, the odds of 4 to 1 against Truesdale, et al.,
are not overwhelming, and it is of interest to obtain
further evidence on the question. With respect
to nitrogen and argon, and to oxygen in sea water,
the situation is still cloudier, because fewer meas-
urements have been made and, as indicated earlier,
the differences among workers are larger.

Direct measurements of the ratios of solubilities
are of particular interest, because they permit
intercomparisons of measurements of various
workers on different gases, in addition to compari-
sons of determinations on a single gas. The pro-
cedure is an extension of the idea above—an at-
tempt is made to find internally consistent sets of
solubility and solubility ratio results for two or

(8) G. A. Truesdale, A. L. Downing and G. F. Lowden, J. Appl.
Chem., 5, 53 (1955).

(9) H. Steen, Limnology and Oceanography. 3, 423 (1958).

(10) J. C. Morris, Final Report, Contract No. SAph 69705, Depart-

ment of Health, Education and Welfare with Harvard University,
5/1/58 to 1/31/59.
(11) H. L. Elmore and T. W. Hayes, Proc. ASCE, 86, 2556 (1960).
(12) L. W. Winkler, Ber. Deutsch. Chem. Ges., 22, 1764 (1889);
Winkler, ibid., 24, 3602 (1891).
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more gases. Alternatively, if the solubilities of
one gas have been established accurately, ratio
measurements can yield the solubilities of other
gases. In either case, it is customary to make the
tacit assumption that the solubility of a gas
under normal atmospheric conditions is indepen-
dent of the other gases present. In the absence
of evidence to the contrary, we shall in this paper
take this assumption to be valid.

Ratio measurements with a mass spectrometer
have certain inherent advantages for attacking the
question of systematic errors in gas solubility
determinations. Lack of achievement of “true”
equilibrium, variation of atmospheric pressure,
incomplete extraction of the dissolved gases, un-
certainties in relative humidity, and gas impurities,
cause either no effect or, at worst, second-order
effects due to differences in rates of solution. The
only serious source of systematic error in the meas-
urement of solubility ratios is in the preparation
of standards for calibrating the mass spectrometer.

The results reported here should be considered
preliminary, and some of the conclusions tentative.
Nevertheless, we believe that certain of the values
are more reliable than those previously available,
and that partial clarification of the issue regarding
gas solubilities has been achieved. Further ex-
periments are now in progress for very accurate
determinations of both solubilities and solubility
ratios.

Experimental Procedures

For purposes of discussion, the procedures
employed can be divided into three parts: (A)
water-air equilibration; (B) extraction of the dis-
solved gases; and (C) mass spectrometric analyses
of the gases.

A. The procedure for equilibration was suggested by the
work of Rakestraw and Emmels Four flasks, open to the
atmosphere, were almost completely immersed in a constant
temperature bath. One of the flasks contained distilled
water and the other three contained natural, untreated sea
water with salinities of approximately s2, 34 and ss%o,
respectively. The 32 and sa%o waters were made by
diluting the s 6% o water with distilled water. The partially
submerged flasks were suspended in such a way that they
were subject to a constant but gentle agitation from the
motion of the water in the bath. The bath was maintained
at a given temperature to within £0.05°. At the time the
measurements were made no standard thermometer was
available. Since then, however, the thermometer which
was used has been checked and found to be sufficiently
accurate (maximum error 0.15°) for these preliminary
solubility ratio determinations.

After equilibrating a set of samples for at least sixty
hours, each sample was transferred to a glass sample bulb,
which had been brought to the temperature of the bath by
partial immersion. A six millimeter T-bore, pressure type,
precision grade stopcock attached to the bulb permitted a
thistle tube to be inserted through it to the bottom of the
bulb. In this way the air in the bulb could be displaced
gently without trapping air bubbles. After flowing the
water up through the stopcock, the stopcock was closed,
thereby isolating the water sample which completely filled
the bulb. The bulbs had volumes of approximately 200 cc.
Samples of water from each flask also were put in small
bottles, sealed, and sent to the Woods Hole Oceanographic
Institution where the salinity of each was determined.

B. For extraction of the dissolved gases, a water sample
bulb was attached by means of a standard taper joint to a
vacuum system consisting of a one liter “extraction bulb,"”’
a Dry-Ice-acetone trap for water vapor, a liquid air trap
for other condensable vapors, particularly carbon dioxide,
and a mercury Toepler pump and gasometric system.
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After pumping down the system (including the T-bore
stopcock on the water sample bulb) to approximately one
micron, the sample was admitted to the system and the dis-
solved gases Toepler-pumped off. To ensure complete
extraction of the dissolved gases the procedure of Cook and
Hanson:s was followed. They reported complete extraction
when 10 t0 20 % of the solvent was boiled off over a period
of one to two hours. In our case between 40 and 90% (on
the average approximately 70%) of the water in the extrac-
tion bulb was evaporated, and retrapped in the Dry Ice-
acetone trap, over a period of one hour. With the condens-
able vapors removed, gas was transferred to a gas sample
tube for analysis on the mass spectrometer. (Procedures
carried out for the attempt at solubility determinations
have not been included in this description.)

C. With the exception of the electronic circuitry, the

mass spectrometer is like the 60° magnetic sector, single-
focusing machine described by Nier.s In addition the
instrument is equipped with a dual sample system [Mc-
Kinney, et al.l] for Frecision isotope ratio analysis.

Employing “single collection” techniques with the mass
spectrometer, the relative sizes of the beams for miq =
28, 32 and 40 (molecular nitrogen, oxygen and argon,
respectively) were determined for each extracted gas sample
and for carbon dioxide-free air used as a standard gas to
calibrate the spectrometer. From these measurements
the ratio of nitrogen to oxygen, and a tentative value for
the ratio of nitrogen to argon, could be calculated with
accuracies of approxmately 1 %.

“Standard air” samples were taken outdoors by opening
an evacuated and outgassed sample tube while holding it at
arm'’s length and approximately five feet above the ground.
Within the precision of our measurements, no differences in
the nitrogen/oxygen/argon ratios were apparent between
winter and summer. Carbon dioxide (and water vapor)
were removed by immersing the tube in liquid air and trans-
ferring the uncondensed gases to another evacuated tube.
The percentages of the gases in air were taken to be nitrogen
78.08%, oxygen 20.94%, argon 0.93%, carbon dioxide
0.032%, and traces of the rarer gases. The figure for oxy-
gen is the mean of the values from P. F. Scholander as
quoted by Richards,:s and the figure for nitrogen was chosen
to be consistent with the oxygen value. The percentage for
argon is from Paneth. 1,

For more accurate analysis of the ratio of nitrogen to
argon, another portion of the extracted gas was processed
to remove the oxygen by cycling the gas through a manifold
consisting of a “Vycor” furnace filled with copper turnings
at 700°, in series with a liquid air trap. This procedure is
necessary for precise analyses of nitrogen, because when
oxygen Is present in a gas sample, the high temperature
conditions in the mass spectrometer ion source cause a small
?art of the oxygen to combine with carbon impurities to
orm carbon monoxide. Since carbon monoxide also has
a molecular weight of 28 for the most abundant isotopes,
the 28/40 ion beam ratio will not be a measure of the true
nitrogen to argon ratio. With a “clean” mass spectrometer
the effect is small enough so that when both the sample and
the standard gases contain oxygen, and when appropriate
corrections are made, an accuracy of : % is possible for the
nitrogen/argon ratio, but higher accuracy requires removal
of the oxygen in both samples. It is evident that analyses
of nitrogen should not be carried out on a mass spectrometer
used for analyses of organic materials. Tests have shown
that when a pure nitrogen and argon mixture is processed
in the “Vycor” furnace, the ratio of nitrogen to argon is
unaffected.

After processing, the samples were reanalyzed on the
spectrometer.  In these measurements the amplifier system
was made more sensitive by inserting a “ bucking” potential
so that the recorded signal was the difference between the
beam signal and the bucking potential. In addition the
effect of spectrometer drift was reduced by a magnetic

(13) M. W. Cook and D. N. Hanson, Rev. Set. Instr.,, 28, 370
(1957).

(14) A. O. Nier, Rev. Sci. Instr., 18, 398 (1947).

(15) C. R. McKinney, J. M. McCrea, S. Epstein, H. A. Allen and
H. C. Urey, ibid., 21, 724 (1950).

(10) F. A. Richards, “Some Current Aspects of Chemical Ocean-
ography,” in “Physics and Chemistry of the Earth,” Vol. 2, page 103,
Pergamon Press, New York, N. Y., 1957.

(17) F. A. Paneth, Quart. J. Roy. Meteorol. Soc., 63, 433 (1937).
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Argon and Oxygen

field switching arrangement which permitted rapid switching
from one beam to the other. The gross scatter of these meas-
urements of the nitrogen to argon ratio was approximately
+ 0.3% (= 0.15% each, for the sample and standard)

In order to avoid any possible dependence of mass spec-
trometer ion source “discrimination” upon the nitrogen to
argon ratio (this -wes a significant question because the ratio
in the dissolved gases is approximately 39 to 1, whereas in
air it is 84 to 1), standard samples were made up from tank
nitrogen and tank argon with ratios comparable to those for
the dissolved gases. Appropriate corrections were made
for impurities in the tank gases.

As a check an air standard, with the oxygen removed,
also was analyzed. The spectrometer correction factor

the number by which the 28/40 beam ratio was multi-
plled to give the nitrogen to argon ratio) obtained was
somewhat smaller than with the artificial standards. Un-
fortunately, the experiments had to be terminated before
it could be established definitely that this result was caused
by a difference in discrimination and was not the result of a
systematic error in the volumetric preparation of the
standards. For this reason we must assign a possible
systematic error of —0, +1.5% to the absolute values for
the nitrogen/argon ratios. The ratios given are based on
the artificial standards. This possible systematic error
would not apply, however, to the results on gases dissolved
in the oceans reported in (3) and (4), because the same
spectrometer correction factor was used in that work as in
these solubility measurements.

Experimental Results and Discussion

As used throughout this paper, the solubility
of a particular gas is defined to be the number of
cc. of gas, measured at standard temperature and
pressure, dissolved in one liter of water in equi-
librium with a normal, free, dry atmosphere with
total pressure 760 mm. of mercury. As stated
earlier, a ‘‘normal” atmosphere was assumed to
have a composition by volume of 78.08% nitrogen,
20.94% oxygen, 0.93% argon, 0.032% carbon
dioxide, and traces of rarer gases. By “dry”
is meant that the total partial pressure of the at-
mospheric gases, excluding water vapor, is 760
mm. of mercury. The symbols N2, (V and A’
denote the respective solubilities.

The solubility coefficient a for a particular
gas is the number of cc. of gas, measured at stand-
ard temperature and pressure, dissolved in one
liter of water in equilibrium with the gas when its
partial pressure is 760 mm. of mercury. We shall
use solubility coefficients when discussing pure
water, and solubilities when referring to sea water.

Following Fox,6 “atmospheric nitrogen” B is
defined in this paper to be a mixture of nitrogen
and argon, although, of course, as measured by
him and others it is truly a mixture of nitrogen,
argon, helium and the other inert gases, and per-
haps nitrous oxide, etc. (depending upon the tech-
niques used to prepare the gas). A moment’'s
reflection reveals that neglecting the gases other
than nitrogen and argon introduces a negligible
error in the calculations of both nitrogen and
argon, when the “true” nitrogen/argon ratio is
combined with the “atmospheric nitrogen” solu-
bility.

Table I gives the experimental data for the ratios

(18) With the availability of various modern analytical techniques,
we suggest that in the future thi3 use of the phrase “atmospheric
nitrogen” be dropped. It would seem to make more sense to have it
mean literally “nitrogen in or from the atmosphere,” so ohat, for
instance, one could distinguish clearly and easily between dissolved
nitrogen whose source was the atmosphere and dissolved nitrogen
from other sources such as biochemical activity.4
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N2VA' and NS/(Y at various temperatures and
salinities. It may be noted that the measured
salinities for the sea water measurements at 30°
are slightly higher than for the lower temperatures.
This presumably resulted from partial net evapo-
ration of water from the samples in the open flasks.
The standard deviation of the N2/A " mass spectro-
metric determinations was approximately 0.2%.
As indicated above, less care was taken with the
N2/02 measurements, and the analytical pre-
cision was approximately + 1%. The fourth
figure, therefore, is not significant.

Table |

Experimental Data for N2'/A" and NZ/(V as Functions

of Temperature and Salinity

Salinity, Temp., i .
%0 °C. Ni'/A" Ni'/o,'
0.066 0.0 37.92 1.836
.066 5.0 38.29 1.825
.48 10.0 38.42 1.826
.066 15.0 38.66 1.859
.084 20.0 39.03 1.887
11 25.0 39.43 1.941
102 30.0 39.71 1.987
32.59 0.0 37.78 1.833
32.565 5.0 37.78 1.803
32.60 10.0 38.00 1.830
32.65 15.0 37.51" 1.821"
32.58 20.0 38.47 1.907
32.65 25.0 38.78 1.934
32.97 30.0 39.25 1.954
34.70 0.0 37.52 1.845
34.70 5.0 37.64 1.816
34.71 10.0 38.05 1.828
34.67 15.0 37.96 1.833
34.695 20.0 38.28 1.858
34.65 25.0 38.89 1.947
35.11 30.0 39.23 1.926
36.12 0.0 37.74 1.860
36.14 5.0 37.72 1.821
36.17 10.0 37.80 1.803
36.16 15.0 37.96 1.830
36.17 20.0 38.45 1.870
36.23 25.0 38.73 1.914
36.61 30.0 39.24 1.918

“ These two values were rejected.

A. Distilled Water—A plot of the values for
NZ/A" vs. temperature in distilled water yields a
straight line within the analytical precision of
+0.2%. The least squares fit for the data is

N:'/A' = 37.90 + 0.0590«

with a standard deviation of 0.076 or approxi-
mately 0.2% of the mean N2/A'. Values cal-
culated from this equation are tabulated in Table

Il. As stated previously, they may be systemati-
cally high by approximately 1.5%.

In Table 11l the ratios O: the solubility coef-
ficients have been calculated from the expression
<N 0.93N’

* 78.08A'

using our values for N2Z/A'. The values for
ONJAIm  from the work of Hamberg,9 Winkler12

(19) Hamberg, J. prakt. Chem., 33, 433 (188C).
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and Fox5 have been taken from Costc,221 who
included corrections (first suggested by Fox) to
the Winkler and Fox results, required because of
the effect of differences in the solubilities of nitro-
gen and argon in the closed system absorptio-
metric type of experiment. Since oINsAIM =
0.98823aN, + 0.01177aA, it can be shown that
«NIAIM

bl 0.01177

0.98823 + S

(«Ni/ai)

«a = «Ni/(dni/ da)

Using our values for aNi/<A and the values of
«NJAtm.  from Hamberg, Winkler, and Fox, re-
spectively, these equations have been used to cal-
culate the values for « n, and &a shown in Table I11.

The values for on, differ slightly from the values
calculated by Coste, who apparently used values
for «a from Estreicher, which we believe to be less
reliable than our «Ni/ oa values. This implies,
further, that the corrected values given by Coste
for «<NsAtm also are slightly in error, but the error
probably is not large enough to warrant a complete
recalculation of all the original data.

The final three rows in Table 11l show values
for ax obtained by Estreicher,2 Winkler,23 and
Lannung,2as given by Lannung, and by Akerlof.5
Akerloff found ax — 33.2 at 25 . A compaiison
of the six sets of values for ax is fruitful. The
Hamberg plus B. P. values agree very well with the
Fox plus B.P. results at the higher temperatures,
but at lower temperatures the difference is 2.5%.
The Winkler plus B.P. value for 25° is lower than
the previous two by 4%, but in essential agreement
with the Fox plus B.P. value at0°. The agreement
between the Hamberg plus B.P. results and those of
Lannung is particularly evident. It is unfortunate
that Lannung did not extend his measurements to
lower temperatures. Nevertheless, the results at 10°
suggest that Lannung and Hamberg plus B.P. agree
better at lower temperatures than do Lannung and
Fox plus B.P. The values for ax from Estreicher
and Winkler, especially the former, are distinctly
higher than the others and not in agreement with
each other.

From the above discussion and the fact that, our
om/aA values are high, if anything, we form the
tentative conclusion that the results of Hamberg,
Fox, Lannung, and Benson and Parker are prob-
ably the most reliable, with the Hamberg, Lannung,
and Benson and Parker results in best agreement
for the solubility coefficients of argon, and therefore
for nitrogen as well. Coste reached the conclusion
in 1927 that the Hamberg and Fox “atmospheric
nitrogen” results were the most reliable. It is
surprising to note that the Winkler values still
persist in the “Handbook of Chemistry and
Physics.” In essence, the inclusion of our results
and those of Lannung doubles the probability

(20) J. H. Coste, J. Phys, Chem., 31, 81 (1927).

(21) In this discussion, and in the discussions to follow, we have
not attempted to include values from all the sources quoted by Coste
or others, but only those which seem to be customarily considered
as among the most reliable.

(22) T. Estreicher, Z. physik. Chem., 31, 170 (1899).

L. W. Winkler, ibid., 55, 344 (1900).

A. Lannung, J. Am. Chem. Soc., 52, G8 (1930).
G. Akerlof, ibid., 57, 1190 (1935).
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Tabte |l

Adopted Values for N2'/A" s, Temperature in Distilled Water, Calculated from the Least Squares Equation

Nj'/A' = 37.90 + 0.0590/
°C. 0 1 2 3 4 5 a 7 8 9
0 37.90 37.96 38.02 38.08 38.14 38.20 38.25 38.31 38.37 38.43
10 38.49 38.55 38.61 38.67 38.73 38.78 38.84 38.90 38.96 39.02
20 39.08 39.14 39.20 39.26 39.32 39.38 39.43 39.49 39.55 39.61
30 39.67
Tabte Il

Results of combining the ratios of nitrogen and argon solubility coefficients from this research, with the solubility coefficients
for “atmospheric nitrogen” found by Hamberg, Winkler and Fox, to obtain the individual solubility coefficients for nitrogen

and argon.

For comparison, values for the solubility coefficients for argon from Estreicher, Winkler and Lannung are

included.

Temp., °C. 0 5 10 15 20 25 30
Benson and Parker N:'/A" 37.90 38.20 38.49 38.78 39.08 39.38 39.67

«,l aa 0.4514 0.4550 0.4584 0.4619 0.4655 0.4690 0.4725
Hamberg aNSAm 24.21 21.42 19.15 17.37 15.98 14.94
Winkler «NjAtm- 23.54 20.86 18.61 16.85 15.45 14.34 13.42
Fox «NjAtm* 23.59 21.03 18.95 17.31 15.98 14.89
Hamberg + B. and P. ra, 23.87 21.12 18.89 17.14 15.77 14.74
Winkler + B. and P. a», 23.21 20.57 18.35 16.62 15.24 14.15 13.25
Fox + B. and P. on, 23.26 20.74 18.69 17.08 15.77 14.69
Hamberg + B. and P. «a 52.88 46.42 41.21 37.11 33.88 31.43
Winkler + B. and P. aa 51.42 45.21 40.03 35.98 32.74 30.17 28.04
Fox + B. and P. «a 51.53 45,58 40.77 36.98 33.88 31.32
Estreicher «a 45.2 37.9 325
Winkler «a 42.0 35.0 32.6 30.0
Lannung aA 41.1 37.1 33.6 31.4 28.9

that Coste’s conclusion was correct, and suggests
that the Hamberg plus B.P. values for <Nl and éa
(or those of Lannung for a\) are to be preferred
over those obtained from Fox’s data. This will
be discussed further below.

A graph of the data for N27 0 2 vs. temperature
in distilled water suggests the possibility that the
temperature gradient of the ratio may increase with
an increase in temperature. This, however, may
be an artifact of the measurements, since no
attempt was made to prevent B.O.D. (biochemical
oxygen demand), as our original interest was not
in oxygen. The water samples were not stored
very long before gas extraction, but it is possible
that B.O.D. has made the N2/0 2 results system-
atically high and subject to greater random
fluctuations. In view of the uncertainties it was
decided that the most objective manner of treating
the data was to obtain a linear least squares fit,
as was done with NZ/A'. The result is

Nj/Oj' = 1.800 + 0.00533/

with the standard deviation of the experimental
points from the least squares fit equal to 0.025 or
approximately 1.3% of the mean N2/0 2.

Values for N2/02 calculated from the least
squares solution are shown in Table IV. The
values for aN,/ao, were calculated from the equa-
tion

an  20.94NT
«0.  78.08CV

The next four rows list the results for ao* from
Winkler,22Fox,6Truesdale, Downing and Lowden,8
and Elmore and Hayes.l1 The Winkler values
actually were taken from the “Handbook of
Chemistry and Physics,” 33rd Edition, 1951-1952,

and the Truesdale, et al., and Elmore and Hayes
numbers were obtained by converting their solu-
bility values, in parts per million from a “wet”
atmosphere, to solubility coefficients.

The values for on, shown in the next four rows
were calculated by multiplying each of the oxygen
solubility coefficients from the four sources by our
solubility coefficient ratios. The last three rows
consist of «Ni values obtained in Table 11l from
independent evidence.

There is striking agreement among the values
for aNsfrom the Elmore and Hayes plus B.P. results
for ar and a”t/ao, the Winkler plus B.P. results
for ao, and a®/ao,, the Fox plus B.P. results for
ao2 and axja<h, and the Hamberg plus B.P. results
for «<NIAtm and «n,/aa. The first and last show
the best agreement, differing by less than 0.5%
except at 25° where the difference is still only 0.7%.
Recall, also, the excellent correspondence between
the Lannung a\ and the Hamberg plus B.P. values
from aN, Atm and «nJ «a-

It is possible that the consistency of the whole
scheme is fortuitous. Indeed, we might expect
it to be, in vic-w of the fact that there are possible
systematic errors of 1.5% in each of our measure-
ments alone, not to mention unknown systematic
errors in all the other determinations. Neverthe-
less, one cannot remain unimpressed when seven
independent sets of measurements (Winkler, Fox,
and Elmore and Hayes oxygen solubilities, Benson
and Parker N //A' and N2/0 2 solubility ratios,
Hamberg “atmospheric nitrogen” solubilities, and
Lannung argon solubilities) by different workers,
on three gases, using a wide variety of methods,
all lead to an internally consistent scheme to within
approximately 1%. Still further support for this
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Tabie IV

Results of combining the ratios of nitrogen and oxygen solubility coefficients from this research, with solubility coefficients
for oxygen found by Winkler, Fox, Truesdale, Downing and Lowden, and Elmore and Hayes, to obtain the individual

solubility coefficients for nitrogen. For comparison, the iln((jjer()jendently determined values for «N. from Table IIl are
included.
Temp., °C. 0 5 10 15 20 25 30
Benson and Parker ~ N2/(Y ~ 1.800  1.827 1853  1.880 1907 1933 1.960
<N «02 0.4827 0.4900 0.4970 0.5042 0.5114 0.5184 0.5257
Winkler <x02 48.89 42.87 38.02 34.15 31.02 28.31 26.08
Fox aa 49.24 43.21 38.37 34.55 31.44 28.90 26.65
Truesdale, D. and L. 02 47.65 41.74 36.98 33.20 30.27 28.00 26.28
Elmore and Hayes <*02 49.30 43.16 38.16 34.13 30.88 28.25 25.97
Winkler + B.and P. «n2 23.60 21.01 18.90 17.22 15.86 14.68 13.71
Fox + B. and P. <N 23.77 21.17 19.07 17.42 16.08 14.98 14 01
T.D.andL. +B. andP an, 23.00 20.45 18.38 16.74 15.48 14.52 13.82
E.and H. + B. and P. xn, 23.80 21.15 18.97 17.21 15.79 14.64 13.65
From Hamberg + B. and P. one 23.87 21.12 18.89 17.14 15.77 14.74
Table Winkler + B. and P. 23.21 20.57 18.35 16.62 15.24 14.15 13.25
111 _Fox + B. and P. < 23.26 20.74 18.69 17.08 15.77 14.69

impression is provided by still incomplete and un-
published determinations of the solubility coef-
ficients for pure nitrogen by Klots and Benson.
These new results are higher than those of Hamberg
plus B.P. by only 0.2% at 5° and 0.7% at 15°,
and lower by 0.5% at 25°.

The agreement between Truesdale, Downing
and Lowden plus B.P. results and the Fox (0™Atm.)
plus B.P. values, is good, though not as satisfactory
as the above, but they do not have the support of
several other lines of investigation.

Incidentally, there was a potential source of
systematic error in the measurements of Truesdale,
et al, which they apparently did not correct for,
and which no one else seems to have recognized.
In order to maintain gas flow in their apparatus a
negative pressure gradient was required in the
direction of gas flow. Consequently, the actual
pressure inside the vessel must have been greater
than, rather than equal to, barometric pressure.
With a small flow tube, which their drawing
suggests, the error might be considerable. Un-
fortunately, this does not explain why their values
are lower than those of other workers, because a
correction for the effect would lower their results
still further.

To summarize our conclusions for distilled water,
we suggest on the basis of present evidence that
the most reliable results are the EImore and Hayes
oxygen solubility coefficients, the Hamberg “at-
mospheric nitrogen” solubility coefficients, and the
Benson and Parker nitrogen to argon solubility
coefficient ratios, from which all the solubility co-
efficients, solubilities and solubility ratios for the
three gases can be calculated as illustrated above.

B. Sea Water—When the N2/A' data are
plotted against the temperature, it is evident that
the random errors in the data preclude the possi-
bility of deducing the dependence of the solubility
ratio upon salinity for the range of salinities studied.
(There is a small variation of N2/A " with salinity,
however, as can be seen from a comparison of
Table Il and Table V.) Furthermore, such a
graph indicates a possible small non-linear depend-
ence of the ratio upon temperature. These
fluctuations and the apparent non-linearity may

have been the result of experimental difficulties,
but perhaps for a different reason. The gasometric
measurements, although unreliable, indicated a
smaller amount of total gas extracted from the
samples at 0° and 5° than would have been ex-
pected from the measurements at the higher tem-
peratures. This could have resulted from a greater
B.O.D., or from incomplete equilibrations. The
former would not have influenced the N2/A " ratios,
but the latter could have caused an error in them.
For reasons implied in the introduction, this error
would have been small, but at the sensitivity of these
measurements it might show up.

On the basis of the above it was deemed prefer-
able to consider all the data applying to an average
salinity of 34.5%0, and to obtain a linear least
squares fit as in the previous cases. The resulting
dependence of the ratio upon temperature is given

by
Ns'/A' = 37.48 + 0.0522*

for a salinity of 34.5%0, with a standard deviation
of 0.175 or approximately 0.46%—over twice as
large as the estimated error due to the spectrometer
measurements alone. The adopted values for N2/
A', calculated from the least squares equation, are
shown in Table V. The possible error in the mass
spectrometer calibration could have made these
solubility ratios systematically too high by ap-
proximately 1.5%.

In Table VI the values for NZAtm were cal-
culated from Fox’s equation. The Fox plus B.P.
values for N2 and A' were obtained by combining
Nt'/A' with the relation N2Am = N2Z + A"
The Rakestraw and Emmel N2* and A'* results
were taken from their paper.6 (The reason for the
asterisks will appear below.) The numbers in
parentheses were found by extrapolation. Table
V1 includes values for only one salinity because
these are sufficient for the purpose of this discus-
sion.

On the basis of the fact that Rakestraw and
Emmel had found sea water from nearly all sources
to be unsaturated relative to Fox’s solubilities,
they “suspected that his [Fox] systems might have
been supersaturated.” Another interpretation is
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Table V
Adopted values for Nz'/A" vs. temperature in sea water of mean salinity 34.5%0. Calculated from the least squares equation
N:'/A' = 37.48 + 0.05221.
°C. 0 1 2 3 4 7 6 7 8 9
0 37.48 37.53 37.58 37.64 37.69 37.74 37.79 37.85 37.90 37.95
10 38.00 38.05 38.11 38.16 38.21 38.26 38.32 38.37 38.42 38.47
20 38.52 38.58 38.63 38.68 38.73 38.78 38.84 38.89 38.94 38.99
30 39.05
Tavie VI

Values for N2 and A" in sea water with chlorinity 20%» or salinity 36.13%Q obtained from our N2/A" values, Fox’s N2Am
results, and nitrogen and argon data from Rakestraw and Emmel.

Temp., °C. 0 5 10 15 20 25 30
Benson and Parker N,7A" 37.48 37.74 38.00 38.26 38.52 38.78 39.05
Box N2 atm. 14.30 12.99 11.93 11.06 10.34 9.74 9.21
Fox + B. and P. N,' 13.93 12.65 11.62 10.78 10.08 9.50 8.98
Rakestraw and Emmel Ns' 14.30 12.73 11.56 10.57 9.77 9.10 (8.57)
Rakestraw and Emmel N2* 14.21 12.62 11.42 10.39 9.54 8.82 (s .21)
Fox + B. and P. A 0.375 0.335 0.306 0.282 0.262 0.245 0.230
Rakestraw and Emmel A .382 .337 .304 276 .254 235 f .219)

+ B. and P. s
Rakestraw and Emmel A ( .405) .352 314 .283 .259 .238 ( .217)
Rakestraw and Emmel A'* ( .403) .349 .310 .278 .253 231 ; .208) j

Tavie VI

Valuesfor N2 in seawaterwith chlorinity 20y . or salinity 36.13%0, obtained from a combination of N.'/0 2from this research,

with oxygen solubility data from Pox and from Truesdale, Downing and Lowden.

The results for N2 from Table VI are .

included for comparison.

Temp., 0C:. 0
Benson and Parker N,'/(Y 1.807
Fox cv 7.97
Truesdale, D. and L. cv 7.84
Fox + B. and P. N/ 14.40
T.D.and L. + B.andP. N, 14.17
From Fox + B. and P. 13.93
Table Rakestraw and Emmel N2 14.30

VI

possible as at least a partial explanation of this
apparent unsaturation in sea water. The solution
of atmospheric gases in the sea probably occurs
under conditions in which the air just above the
surface is nearly saturated with water vapor.
Therefore in determining the percentage saturation
of any gas in sea water, “wet” solubilities probably
should be used. But Fox’s results were presented
as “dry” solubilities (he performed his measure-
ments under conditions in which his gas was almost
certainly saturated with water vapor, and then cor-
rected the data to “dry” solubilities), so that an
apparent undersaturation would be expected when
using them as a basis for sea measurements.

A similar reason would appear to explain part
of the large differences (7.5% for nitrogen at 25°)
between the Fox plus B.P. and Rakestraw and
Emmel asterisked values for both nitrogen and
argon shown in Table VI. Rakestraw and Emmel
carried out their solubility measurements under
circumstances which would have corresponded to
a state between a “dry” and a “ wet” atmosphere,
probably nearer the latter. If this was the case,
the Rakestraw and Emmel values are not “true”
N2 values (i.e., “dry”) as defined in this paper.
This is the reason for marking them with asterisks.
If it is assumed that they represent “wet” solubili-
ties, the corresponding “dry” solubilities can
be calculated, and these are given in Table VI

5 10 15 20 5 30

1.827 1.847 1.866 1.886 1.906 1.926

7.07 6.36 5.79 5.31 4.89 4.46

6.90 6.14 5.56 5.10 4.73 4.43
12.92 11.75 10.80 10.01 9.32 8.59
12.61 11.34 10.37 9.62 9.02 8.53
12.65 11.62 10.78 10.08 9.50 8.98
12.73 11.56 10.57 9.77 9.10 (8.57)

without asterisks. Comparing them for nitrogen
with those of Fox plus B.P. the agreement is seen
to be better, with the former higher by 2.6% at
0°, in essential agreement (within 1%) ay 5° and
and 10°, and lower by 4.3% at 25°. It should
be noted that although we equilibrated in a manner
similar to Rakestraw and Emmel, the ratio N2/A"
would not have been influenced by the relative
humidity.

Because the Rakestraw and Emmel “argon”
actually consisted of all the residual gases after
the removal of carbon dioxide, oxygen and nitro-
gen, values for A' calculated from their N2 (“dry”)
values and our N//A' ratios also are shown in
Table VI.

The random errors in the N2/(V data for sea
water masked the small variation of the ratio with
salinity over the range of salinities examined. The
remarks made with respect to the data for AY/CV
in distilled water and N2/A" in sea water concern-
ing the possible sources of these fluctuations and of
the apparent non-linear dependence of the ratio
upon temperature apply here as well. Therefore,
all the data were considered to correspond to a
salinity of 34.5%o0, and a linear least squares
fit was obtained with the result

N:'/Ch' = 1.807 + 0.00396<

The standard deviation of the experimental points
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from the least squares fit was 0.028 or approximately
1.5% of the mean ratio.

Table VII shows values for N2/0 2 obtained
from the equation above, together with values
of 02 calculated from Fox’s equation and the 02
results of Truesdale, Downing and Lowden cor-
rected to dry solubilities. The last section of the
table gives the results for N2 calculated from the
N2/(V values and the respective oxygen solubili-
ties. The final two lines show the N/ results
from Table VI, which were derived from inde-
pendent measurements.

The recalculated “dry” N/ Rakestraw and
Emmel values at each temperature are very nearly
equal to the mean of the Fox plus B.P. oxygen-de-
rived values and the Truesdale, et al., plus B.P.
values. The Fox plus B.P. nitrogen-derived results
show the poorest agreement with a distinctly dif-
ferent slope from the other three. This could not
have resulted from a possible error in our N2/ A’
measurements due to incomplete equilibrium at
low temperatures, because the ratio determinations
influence the calculated N2 values very little.

Choosing among the other three sets of results
is more difficult. If it is assumed that incomplete
equilibration was a negligible source of error in the
N2/0 2 measurements, we would be inclined to
prefer the Fox oxygen results in sea water for two
reasons: (1) The Truesdale, et al., sea water results
might be expected to be too low—especially at low
temperatures—on the basis of their oxygen results
in distilled water. (This is not a very convincing
argument since the Fox nitrogen solubilities are
taken to be in error even though his oxygen results
will be considered the best. It has some validity,
however, on the basis that Fox and Truesdale,
et al., are each internally consistent with respect to
oxygen in distilled water and sea water.) (2)
Any possible B.O.D. effects on our N2/0 2 de-
terminations would tend to make the ratios and,
consequently, the two oxygen derived sets for N2,
too high. Correction for this would improve the
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agreement between the Fox plus B.P. results and the
Rakestraw and Emmel N2 results and have the
opposite effect on the Truesdale, et al., plus B.P.
results. If incomplete equilibration was a source
of error in our measurements, the nature of the non-
linear dependence of both N2/A' and NZ/CV on
temperature would indicate that either our nitro-
gen concentrations were too high at low tempera-
tures or oxygen and argon too low. Correction
for this would again favor the Fox values over
Truesdale, etal.

In summarizing the situation for sea mwater, it
is suggested—although with much less confidence
than indicated earlier for distilled water—that
possibly the most reliable data are the Fox oxygen
solubilities, the Rakestraw and Emmel corrected
nitrogen solubilities, and the N2/A"' ratios from
this research. The argon solubilities obtained from
a combination of the latter two sets of results are
the first information available on the solubility
of pure argon in sea water. Although we have
chosen to consider dry solubilities in this paper,
it is suggested that for comparisons with oceano-
graphic measurements wet solubilities probably are
preferable. Finally, it is clear that much further
work needs to be done on the solubilities of all the
gases in sea water.
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was found to have a net value of ku,/kw = 1.002 at 20

gen-18 isotope effect on the rate of the photochemical reaction of formic acid with chlorine in the vapor phase
°. It was concluded that abstraction of the hydroxyl hydrogen from

formic acid by chlorine atoms makes no large contribution to the reaction mechanism.

Introduction

The vapor phase photochemical reaction of
formic acid with chlorine is interesting in that it

(1) Previous papers in the Series:
(1951); (I1) 79, 4944 (1957); (I11) 80, 3509 (1958); (IV) 80, 5573
(1958); (V) 82, 842 (1960); (VI) 82, 4252 (1960).

(2) Parma Research Center, Union Carbide Consumer Products
Co., Parma, Cleveland, Ohio.

(1) 3. Am. Chem. Soc., 73, 5573

has been reported to proceed by a mechanism3simi-
lar to that of the hydrogen-chlorine reaction

hr
Cl.— 2ClI- (a)
Cl- + HCOOH — > HC1 + -COOH (b)
*COOH — > C0: + H- ©

(3) Il. West and G. K. Rollefson, ibid., 58, 2140 (1936),



Sept., 1961

mCOOH + CI, — 3 C1COOH + CI- (d)
H- + Cl. — > HC1 + CI- (continuing chain) (e)
2Cl----> Cl. (chain-breaking reaction) f

Reaction (d), which has no counterpart in the hy-
drogen-chlorine reaction, was proposed by West
and Rollefson3 on the basis of kinetic evidence.
However, mass spectrometric testsfbhave revealed
no trace of chloroformic acid during the reaction.

Since the radicals, -COOH and H-, would be
expected to be very short-lived, acceptance of the
mechanism of West and Rollefson leads to the con-
clusion that step (b) should play a significant role
in controlling the reaction rate and that kinetic
isotope effects should be observed in experiments
using formic-C13 acid and formic-d (DCOOH)
acid. The expected carbon-131(n) and deuterium6
isotope effects have in fact been observed and
measured. The measured value6of the deuterium
isotope effect, kn/ku = 2, indicates that a large
proportion of the reaction has as its rate-limiting
step the cleavage of the carbon-hydrogen bond in
the formic acid molecule. It does not, however,
rule out the possibility of a dual mechanism with
an appreciable part of the reaction having as its
rate step abstraction of the hydroxyl hydrogen as
indicated in step (b")

Cl- + HOOCH — HCl + -OOCH
«OOCH — > CO, + H-

(b)
(c)
Steps (a), () and (f) would be common to both
parts of the dual mechanism.

It might be supposed that a study of the Kkinetic
isotope effect using formic acid-d (HCOOD)
would reveal whether oxygen-hydrogen cleavage
(b") contributes to the rate-limiting step just as
the study6of the kinetic isotope effect with formic-d
acid served as a test for carbon-hydrogen cleavage
(b) in the rate-limiting step. Unfortunately the
deuterium in formic acid-d, unlike that in formic-d
acid, exchanges very rapidly with compounds such
as HC1 that contain active hydrogen atoms.
Consequently any attempt to measure a kinetic
isotope effect using formic acid-d probably would
fail completely or lead to a doubtful conclusion.
A test for the occurrence of oxygen-hydrogen
cleavage in the rate-limiting step can, however,
be made by studying the oxygen-18 kinetic isotope
effect, and such a study is described in the present
paper. Oxygen-18 substitution in reactions in
which the substituted oxygen atom is kinetically
significant can lower the specific reaction rate con-
stant as much as 7%.67 Since the ratio mass
spectrometer can be used to detect kinetic isotope
effects of 0.1% or smaller, a test for the oxygen-18
isotope effect in the reaction of formic acid with
chlorine should be amply sensitive to reveal whether
abstraction of hydroxyl hydrogen makes any ap-

(4) G. A. Ropp, C. E, Melton and P. S. Rudolph, J. Chem. Phys.,
34, 688 (1961).

(5) G. A. Ropp, “Evaluation of Deuterium Isotope Effects in Photo-
chemical Reactions of Formic-d Acid by Use of Carbon-14,” Paper
RICC/171 presented at the “Conference on the Use of Radioisotopes
in the Physical Sciences and Industry,” Copenhagen, Denmark, Sep-
tember, 1960, sponsored by the International Atomic Energy Agency,
Vienna, Austria.

(6) A. E. Cahill and H. Taube, /m Am. Chem. Sac., 74, 2312 (1952).

(7) G. A. Ropp, Nucleonics, 10, 22 (1952).
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preciable contribution to the rate-limiting step of
that reaction.

Method

Normal formic acid having the natural abundance of
oxygen-18 and carbon-13 was permitted to react in a vacuum
line with chlorine in visible light.1(l) Samples of carbon
dioxide formed were treated with quinoline to remove hy-
drogen chloride and excess formic acid or excess chlorine,
whichever was present. The carbon dioxide samples were
passed through a trap cooled by Dry Ice to condense quino-
line vapor and were collected in evacuated bulbs prior to
analysis with a ratio mass spectrometer. The mass spectrom-
eter analyses of the carbon dioxide were used to calculate
both the oxygen-18 and the carbon-13 isotope effects. The
fact that the calculated carbon-13 kinetic isotope effect
checked well with the previously measured valuel(ll) for
the carbon-13 isorope effect indicated that the method was
satisfactory.

Six runs were made using different aliquots of the same
batch of formic acid. The first two runs were made using
excess chlorine and yielded carbon dioxide whose isotopic
abundance represented the initial isotopic abundance of
the formic acid since conversion to carbon dioxide was com-

lete. The s values, calculated by the equations below,
or these two carbon dioxide samples agreed to within
part per ten thousand, which is about the limit of sensitivity
of the mass spectrometer

/ C13>

« M 1Standard
scB=1000 V&
( 1Standard
o
S | -!f- i lStandard
s O = 1000 I
.5 1Standard
The necessary corrections of the ratios due to O and Cis

were made before calculation of the s values.

The third and fourth runs were each made with suf-
ficient chlorine to effect .0 % conversion of the formic
acid to carbon dioxide. The fifth and sixth runs were
made with enough chlorine to effect, respectively, 85 and
89% conversion of the formic acid. The residual formic
acid was recovered and converted by excess chlorine to
carbon dioxide which represented the final 15 and 11%,
resBectively, of the reaction in runs 5 and . These final
carbon dioxide samples were used in the isotopic analyses
for these runs.

Carbon dioxide collected in run 1 was used as the standard
for comparison in the ratio mass spectrometric analyses of
the carbon dioxide produced in runs 3, 4, 5and s . Over-all
e#Jerimental values of the 0:<ygen-18 and carbon-13 isotope
effects in runs 3 and 4 were calculated using the equation
on which Fig. 1 of ref. 1 (V) was based. For runs 5 and s
calculations were made using the equation on which Fig. 2
of ref. 1 (V) was based. Table | reports 5 values obtained
by mass spectrometric analysis of carbon dioxide samples.

Tabie |

R esults of M ass Specteometric Analyses

Run 8 Carbon-13 5 Oxygen-18
2 0.00 0.00
3 -11.84 -13.75
4 - 6.27 - 4.45
5 + 19.30 + 13.47
6 + 17.47 +13.21

The signs of the s values indicate that the isotope effects
are in the normal direction. The initially-formed product
is enriched in the light isotopes in each case and the residual
reactant is enriched in the heavy isotopes. Accordingly the
light species react more rapidly than the corresponding
heavy species. The values of the rate constant ratios are
presented in Table Il. The symbols r and r* are used
as defined inref. 1(V).

Run 3]is*out of line with Runs 4, 5ands . Run 3 has been
ignored andean average value of the isotope effects measured
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Table Il

Calculated lsotope E ffect R atios

------------- Carbon-13— -Oxygen-18—

Run r r kn/ku r kis/kis
3 0.98816 1.0132  0.98625 1.0152
4 0.99373 1.0070  0.99555 1.0060
5 1.01930 1.0100 1.01347  1.0070
6 1.01747  1.0081 1.01321 1.0060
Mean of runs 4. 5 and 6 1.0084 1.0063

in rims 4, 5 and ¢ has been taken as the best value. The
best value of the carbon-13 isotope effect so calculated,
ku/ku = 1.0084, is in reasonable agreement with the value
of the carbon-13 isotope effect measured earlier.1<n) The
mean value of the carbon-13 isotope effect reportcdl(n)
earlier was 1.008. This agreement was considered to be
sufficient justification for ignoring the results of Run 3.
However, even if Run 3 had been considered in calculation
of the average value of kn/ku, the average value reported in
Table 11 would not have been altered greatly.

The best value of the oxygen-18 isotope effect, ku/kla =
1.0063, reported in Table Il must be corrected for the fact
that it includes a purely physical effect, the effect of molecu-
lar weight on the collision frequency of formic acid with
chlorine atoms. This correction was applied earlier to the
carbon-13 isotope effect.1(ll) The calculation of the col-
lision frequency isotope effect is shown in Table I11.  Formic
acid vapor consists of about two thirds dimer and one third
monomer under the conditions of reaction. The corrected

Tabte I
Calculation of the Oxygen-18 Collision Frequency
Isotope E ffect in the Reaction of Formic Acid with

Chlorine Atoms

Mono- HCOOCH vs. HCOO18H = 1.0092
mer
Dimer (HCOOH,: vs. = 1.0029
(HCOOH.HCOO'sH)
94 X 355
Mean weighted for:
(@) 9s dimer and ‘/s monomer 1.00518

(b) relative collision rate of monomer to dimer = 1.13

isotope effect, kk/kls = 10011, IS Obtained by dividing the
experimentally determined ratio, 1.0063, by the collision
frequency isotope effect, 1.00518. Finally, on a statistical
basis, only half of the oxygen-18 atoms can be expected to
be attached to hydrogen in formic acid molecules, the other
half of the oxygen-18 atoms being bound only to carbon.
Accordingly one half of the oxygen-18 atoms could never
exert a primary isotope effect on the rate of reaction even
if oxygen-hydrogen cleavage were entirely rate-determining.
Therefore a second correction factor needs to be applied to
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the experimentally measured isotope effect: it should be
multiplied by 2. When this correction has been made the
net oxygen-18 isotope effect ratio is
kis/kig ~ 1.002
Discussion of Results

Cahill and Taube6 have pointed out that the
theoretical value of the oxygen-18 isotope effect
for simple cleavage of an oxygen-hydrogen bond
should be small because the percentage shift in
vibrational frequency upon substitution of oxygen-
18 for oxygen-16 is small. However, the high
frequency of the O-H stretching partly offsets the
fact that the oxygen is attached to an atom of
small mass.8 Using the value of Wilmhurst9
for the frequency of the O-H stretching, 3567
cm .-’, the frequency shift upon oxygen-18 substi-
tution is calculated to be 11 cm.-1 which is equiva-
lent to 16 cal./mole. Assuming that this oxygen-
hydrogen frequency is completely lost in proceeding
to the transition state in a chemical reaction, the
theoretical value of the oxygen-18 isotope effect
at 20° is estimated to be

kn/kn = 1.028

This calculation is admittedly crude, but it never-
theless indicates that for a reaction having oxygen-
hydrogen cleavage as its rate-determining step
an oxygen-18 isotope effect of about 3% can be
expected at room temperature. The method of
calculation of the theoretical value of kn/hs
was similar to that described by Daniels.0

Since the net oxygen-18 isotope effect observed
for the photochemical reaction of formic acid with
chlorine amounted to about 0.2%, it follows that
not more than 5 to 10% of the reaction proceeds
via a process in which oxygen-hydrogen cleavage
is rate determining. Therefore it appears that
steps (V) and (o0') make no large contribution to
the reaction mechanism.

Acknowledgment.—The authors express their
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(8) G. A. Ropp and E. M. Hodnett, J. Chem. Phys., 25, 587 (1956)
as indicated in this reference, a similar situation occurs in the calcula-
tion of the carbon-14 isotope effect to be expected in cleavage of a
carbon-hydrogen bond.

(9) J. K. Wilmhurst, ibid., 25, 478 (1956).

(10) F. Daniels, “Chemical Kinetics,” Cornell University Press,
Ithaca, New York, N. Y., 1938, Chapter X.



Sept., 1961 1499

Selective Adsorption by Radiotracer Technique

SELECTIVE ADSORPTION STUDIES BY RADIO TRACER TECHNIQUE:
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A comparison of the adsorption of calcium and sodium ions at air-solution interface from aqueous solutions of dodecyl
sulfate or di-octyl sulfosuccinate indicates a strong selective adsorption of calcium ions by the negatively ionized monolayer.
For examPIe, the adsorption of calcium ion from a solution containing: X 10“s mole/L of sodium dodecyl sulfate and> X 10-s
mole/1. of calcium was 200 times greater than that of sodium ion. e experiments were carried out below the critical micelle
concentration, and the results were interpreted semi-quantitatively in terms of the electrical potential of the ionized monolayer.
Like the electrical potential, the selective adsorption was of course affected by the concentration and valency of the gegenions.
Our values for selective adsorption are much larger than those previously reported which were obtained with solutions above
the c.m.c. The adsorption of calcium at the air-solution interface from aqueous solutions of a non-ionic agent, octyl-
glucoside, was also determined. There is some adsorption of calcium ions at the monolayer of the non-ionic agent, but much

less, about 104 as compared with that at the ionized layer.

As the relative adsorption was determined from a ratio of

radio-counts, errors in the absolute determination of radioactivity do not affect the results.

Introduction

In the solution of a surface active agent, such as
sodium dodecyl sulfate, containing two kinds of
gegenions, for example calcium and sodium ions,
the former are preferentially adsorbed at the inter-
face, the adsorption sites being the adsorbed dodecyl
sulfate ions.

Judson, et al 128 have studied the competition
between chloride and sulfate anions at the air
solution interfaces of Aerosol SE (stearoamido-
propyldimethyl-2-hydroxyethylammonium sul-
fate) and cetylpyridinium chloride solutions; they
determined the surface count due to sulfate ion
adsorption at various sodium sulfate concentra-
tions and constant Aerosol SE chloride concentra-
tion, and at constant sodium sulfate concentration
and various Aerosol SE concentrations. Walling,
et al s found that multivalent ions are preferentially
adsorbed from a solution of sodium palmitoyl
methyltaurine; the adsorption of Ca++ or Mg++
was 9-49 times that of Na+. As the concentra-
tions of the solutions studied in these papers were
above the c.m.c., a quantitative interpretation of
the results was complicated by the competitive
adsorption of multivalent ions by micelles.

The present investigation was undertaken to
determine the selective adsorptivity of calcium
with respect to univalent cations at the ionized
monolayer of sodium dodecyl sulfate or Aerosol
OT as a function of the concentration of gegenions.
The adsorption of calcium at the adsorbed layer
of octyl glucoside was also determined for com-
parison.

Experimental

Materials.—Radioactive calcium, &Ca++ in HCl solu-
tion, was obtained from the Oak Ridge National Laboratory
through the kindness of Daiichi Pure Chemicals Co. Ltd.
Sodium dodecyl sulfate. and /3-D-octyl glucosides were the

(1) C. M. Judson, A. A. Lerew, J. K. Dixon and D. J. Salley, J. Phys.
Chem., 57, 916 (1953).

(2) H. Sobotka, “Monomolecular Layers,” Am. Assoc. Adv. Sci., p.
63 (1954).

(3) C. Walling, E. E. Ruff and J. L. Thornton, Jr., J. Phys. Chem.,
61, 486 (1957).

(4) K. Shinoda and K. Mashio, ibid., 64, 54 (1960).

(5) K. Shinoda, T. Yamanaka and K. Kinoshita, ibid., 63, 648
(1959).

same materials described in earlier experiments. Aerosol
OT, 100% surface active sodium dioctylsulfosuccinate
manufactured by the American Cyanamid Company, was
used without further purification. ~ As the foam stability of
Aerosol OT solution was not dgood, a short draining tube
about 30 cm. in length was used.

Procedures.—The apparatus used was similar to that shown
in Fig. 1 of the previous paper.. As the concentration of
calcium ions was very low and the selective adsorptivity was
large, the radioactivity of the solution decreased rapidly in
the course of bubble ?eneration. As we found that the
radioactivity of the collapsed foams shows some delay and
diffuse distribution, the total radioactivity of adsorbed
gegenions in the collapsed foams was calculated from the
total decrease of counts, Ar, of the solution. The volume,
¢ 7, and the concentration, ct, of the collapsed foams were
determined. The count per unit volume of collapsed foam
iS AR/AV. The count from a definite amount of agent in
the adsorbed state is given by

where Cb denotes the concentration of the solution and v
the volume of the micropipet used for the sampling of the
solution.

The local decrease in calcium concentration in the course
of the bubble generation due to inefficient circulation was a
source of serious error in a preliminary experiment. There-
fore, the nearly horizontal tubing. was filled with solution
because the movement of bubbles promoted circulation of the
solution. We also used a thicker and shorter length of tub-
ing than in the previous experiment to improve the circula-
tion.

Results

The adsorption of calcium ions at the air-solu-
tion interface of an aqueous solution of sodium
dodecyl sulfate containing a small amount of
calcium ions was measured, and the results are re-
ported in Table I. The concentration of the
agent was maintained at an almost constant level
below the c.m.c. throughout the experiment. An
aliquot of the solution was dried and its radio-
activity determined, ffbuit (see column 1, Table I);
the radioactivity from the same amount of dried
agent in the adsorbed layer, f?ads, was calculated
from equation 1. The fraction of calcium ions in
the solution, z buik = 2C'CI(C'Na + 2CCd), is given
in the 2nd column, where Ccaand Cns are the mole
concentrations of calcium and sodium ions, re-
spectively. The concentration of the agent was
0.007 mole/1. for lines 1~7 and 0.006 mole/1. for
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Concn. of calcium X 10s (mole/1.).

Fig. 1.—Selective adsorption of calcium against sodium
ions at the air-solution interface of sodium dodecyl sulfate
at 25°.

Concn. of calcium X 10 (mole/1.).

Fig. 2—Selective adsorption of calcium against sodium
ions at the air-solution interface of Aerosol OT at 18°.

lines 8~12. The ratio of the concentration of the
agent in collapsed foam to that of the solution was
about 2.72.

The fraction of the adsorbed cations due to
calcium ions, Xada, was obtained from

Uedi

ik Yot )
The selective adsorptivity of calcium to univalent
cations was calculated from

_ Xd / Abuk
® T 1- Xad./ 1—Xbuk ®
X a3 is the fraction of the adsorbed gegenions due
to calcium ions, where the adsorbed gegenions are
not just the ions directly fixed on the adsorption
sites, but the total amount of gegenions necessary
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Table |

Selective Adsorption of Calcium against Sodium lons

at Air-Solution Interface in Aqueous Solution of

Sodium Dodecyl Sulfate Containing a Small Amount
of Calcium lons sCa++ at 25°

Fraction Fraction Selec-
Count of Ca++ Counts of Ca++ tive

(bulk) (bulk) (ads. layer) (ads. layer) adsorp-

.Roulk Xbulk R tda X.d. tivity S
1 780 0.00141 129600 0.234 217
2 692 .00125 95500 173 167
3 613 .00111 86400 .156 167
4 541 .00098 76700 .139 165
5 474 .000856 74500 .135 182
6 411 .000744 65900 119 182
7 355 .000643 59100 .107 187
8 95¢ .000846 19800 176 252
9 78 .000694 13900 124 204
10 66" .000592 12300 110 208
11 57 .000508 11080 .099 216
12 48* .000482 9760 .098 226

° Radioactivity of calcium ions is different for different
series of experiments.

for electrical neutrality. The selective adsorption
of bivalent to univalent gegenions directly fixed
on the ionized layer may be much larger. The
specific activity of calcium was different in the
different experiments.

The relation between the selective adsorptivity
and the concentration of calcium ions is shown in
Fig. 1

Similar experiments were carried out with a solu-
tion of dioctyl sodium sulfosuccinate containing a
small amount of calcium. The concentration of
the agent in solution was 0.0015070.00144 mole/1.
throughout the experiments. The average con-
centration of the agent in the collapsed foams was
0.00423 mole/l. The results are summarized in
Table I1.

Table Il

Selection Adsorption of Calcium against Sodium lons
at Air-Solution Interface of Aqueous Solution of Di-

octyl Sodium Sulfosuccinate Containing a Small
Amount of Calcium lons “Ca++ at 18°
Fraction Fraction Selec-
Count of Ca++ of Ca++ tive
(bulk) (bulk) (ads Iayer) (ads. layer) adsorp-
1fbulk Xbulk Riida Xads tivity, S
1 114 0.00322 6682 0.189 72
2 93 .00263 6659 .188 79
3 71 .00218 6474 .199 114
4 51 .00147 6470 .186 139
5 200 .00138 20885 144 122
6 135 .000934 15113 .105 125
7 88 .000608 9937 .0686 121
8 60 .000362 7063 .0426 123
9 37 .000256 5063 .0350 141
10 23 .000159 3076 .0213 137
11 15 .000107 1952 .0139 131

The relation between the selective adsorptivity
and the concentration of calcium ions is shown in
Fig. 2

The adsorption of calcium ions at the air-solu-
tion interface from aqueous solutions of octyl
glucoside has been measured. As the foam sta-
bility decreased markedly with increasing calcium
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chloride concentration, experiments were carried
out at a calcium chloride concentration below 0.015

mole/l. The concentration of octyl glucoside was
0.025 mole/l. The results are summarized in
Table I11.
Table Il
Adsorption op Calcium lons £ a++ at
Air-Solution Interface of Aqueous Solution
of Octyl Glucoside at 25°
1 2 3 4

Count (bulk) 1625 1639 1550 1550
Concn. of soln. (wt. %) 0.00753 0.00802 0.00974 0.00974
Concn. of calcium, mole/

1 (bulk) 0.00155 0.005 0.0155 0.0155
Ratio of the concn. of Ca*™

to octyl glucoside 1/18 1/5 1/1.6 1/1.6
Count (foams) 2896 2628 1925 1907
Concn. of foams (wt. %) 0.0148 0.0160 0.0130 0.0133
Ratio of adsorbed Ca++

to octyl glucoside 1/25 1/8 1/2.7 1/3.0

Discussion

Several features of these experiments should be
noted. 1. Since the selective adsorptivity is based
on the ratio of radiocounts, it is not affected by
errors in the absolute values for radioactivity. 2.
The results can be analyzed quantitatively because
the charge density of the ionized interface is known
for a given surface active agent. 3. We are deal-
ing with a condition of electrical neutrality, as the
amounts of adsorbed agent and of calcium ions
were determined from the concentration and radio-
activity of collapsed foam. The fraction of cal-
cium ions occupying the adsorption sites, which are
the adsorbed surface active ions, was calculated.
In regard to the measurement of surface radio-
activity, we can measure the radioactivity due to
multi-layer adsorption, but are unable to determine
the fraction due to ions directly fixed to the adsorp-
tion sites. The concentrations of the solutions
examined were close to, or slightly less than, the
c.m.c. of the respective surface active agent con-
taining a small amount of bivalent -cation.67
Accordingly, the ratio of the cations in the singly
dispersed state is equal to the ratio of the stoichio-
metric concentrations. With solutions above the
c.m.c., the ratio changes markedly due to the
preferential adsorption of multivalent ions on the
surface of the micelle.

A surface hydrolysis of sodium n-octylsulfo-
succinate and stearoamidopropyl-2-hydroxyethyl-
ammonium sulfate has been reported8on the basis
of the surface counts at the air-solution interface.
Since the apparent surface hydrolysis occurred
only at high dilution (about 80% of sodium ions
was adsorbed at the c.m.c.),9 and was detected as
a deficiency of sodium or sulfate ions in the surface
by radioactive counting, we feel that the apparent
decrease of radioactivity was not due to surface
hydrolysis. If surface hydrolysis occurs to a con-
siderable extent, the c.m.c. values of octylsulfo-
succinic acid or stearoamidopyropyl-2-hydroxy-

H. Lange, Kolloid-Z.. 121, 66 (1951).
K. Shinoda, Bull. Chem. Soc. Japan, 28, 340 (1955).
C. M. Judson, A. A. Lerew, J. K. Dixon and D. J. Salley, J.
Chem. Phys., 20, 519 (1952).
(9) Ref. 2, p. 78, Fig. 3.
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ethylammonium sulfuric acid would be very
much smaller than the c.m.c. values of their sodium
salts; however, alkyl sulfonic acids and sulfuric
acids are fairly strong acids which have c.m.c. values
that are comparable to those of their salts. Wal-
ling, et al.,s found that the adsorption of hydrogen
ions at the air-solution interface of w-palmitoyl
methyltaurine is almost equal to that of sodium
ions, a result which supports our view.

The electrical potential, <o of an ionized mono-
layer is given as a function of the concentration and
valency of the gegenions by eq. (4)701

2000tta2 _ n les#>o\ , n

DNKT ClBXp \kr) + (4)

where tr is the surface charge density, D the di-
electric constant of the medium, e the elementary
charge, C, the concentration of i-valent gegenions
in mole/l. in the bulk of the solution, k the Boltz-
mann constant and T the absolute temperature.

If the electrical potential at the ionized mono-
layer is dp, the average electrical energy decrease
due to the transfer of a univalent gegenion from the
bulk to the ionized surface is Xe$o and that due to a
bivalent gegenion is 2Ae$0, where A is a constant
smaller than one. We would expect the selective
adsorptivity of bivalent against univalent gegenions
to be about exp(ef»/KkT). The substitution of
ff, D, T, Ci, Ci in equation 4 gives a reasonable value
for selective adsorptivity, provided X = 0.570.6.

Instead of substituting the respective values of
<, D and T, we can estimate experimentally the
value of the left-hand side of equation 4 from the
c.m.c. values of RASChNa and R~"SCVACa.6
Namely, the c.m.c. is expressed as a function of
the concentration of gegenions as7

( 2ejt>o\

c2exXp Vk f)

InCMC, = Ag In + Const.,

©)

2000 ™ *
DNKTIj"

in ERiT.

X in + Const:  (s)
where Kgi and Kq2 are the experimental constants
obtained from the CMC, vs. Ci relation. We may
assume that the constants in equations 5 and 6 are
equal, for the gegenions differ only in the number
of the charge. Then introducing CMCi = 0.0066,
CMC2 = 0.0029, Kgi = 0.52 and Kg2 = 0.56 in
equations 5 and 6, we obtain

2000iro2

DNKT

Introducing 2000ira2/DNKT = 1.11 in equation 4,
we can calculate the selective adsorptivity of cal-
cium to sodium ions in agqueous solution of dodecvl
sulfate as a function of Ci and C2 With 2000wa2/
DNKT = 2.0, 1.11 or 0.6, the selective adsorptivi-
ties were calculated and the results are given by
solid lines in Fig. 1. In the case of Aerosol OT
solution, the charge density of the adsorbed mono-
layer would be about one-half of the dodecyl sul-
fate value. Accordingly, we obtain 2000xv2
DNKT = 0.28 for Aerosol OT solution at 18~25°.
Introducing this value into equation 4, we can cal-

(10) A. B. D. Cassie and R. C. Palmer, Trans. Faraday Soc., 37, 156
(1941).

(11) E. J. W. Verwey and J. Th. G. Overbeek, “ Theory of the Stabil-
ity of Lyophobic Colloids,” Elsevier Publishing Co., Inc., New York,
N. Y., 1948,

2000iraz2

1.19 at 70°, or 111 at 25°
DNKT
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culate the selective adsorptivity of calcium to
sodium ions at the air-solution interface of Aerosol
OT as a function of <7, = 0.0015 mole/l. and C2
The values are shown by the solid line in Fig. 2.
The agreement between the experimental and cal-
culated values is quite satisfactory, and in both
cases the selective adsorptivity tends to decrease
with increasing calcium ion concentration. The
electrical potential of the ionized monolayer,
0 = (KT/\e) In S, was estimated as about 200~250
mv. for our solutions.

We might presume that the monolayer of a non-
ionic agent at an air-solution interface would not
adsorb small ions. However, Judson, et al..:
found that sulfate was adsorbed at the interface
from aqueous solutions of a non-ionic agent, Aero-
sol NL-10. The amount adsorbed was proportional
to the concentration of sulfate ions in the solution.
To obtain further evidence for the adsorption of
inorganic ions at an air-solution interface of a
non-ionized layer, we have determined the ratio of
calcium ions to adsorbed octyl glucoside. From
these results we can conclude that there is some
adsorption of calcium ions at the adsorbed layer
of octyl glucoside, and that for a given octyl

E. H ayon
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glucoside concentration the ratio of calcium ions
to adsorbed octyl glucoside increases roughly with
the bulk concentration of calcium ions. The rela-
tive adsorptivity of calcium ions is, however, far
less at a non-ionized layer than at an ionized layer.
In a solution of dodecyl sulfate (1 X 10“2mole/1.)
containing 1 X 10~6 mole/1. of calcium chloride
the ratio of calcium ions to surface active ions in the
adsorbed layer was about 0.1, whereas in solution
of octyl glucoside (2.5 X 10-2 mole/l.) containing
1 X 10-2 mole/l. of calcium chloride the ratio of
calcium to surface active molecules at the surface
was about 0.1. The ability of the adsorbed layer
of these two solutions to adsorb calcium differs
by a factor of about 104 The ratio of calcium
ions to dodecyl sulfate ions at the surface was
about 100 times greater than the corresponding
ratio in the bulk of the solution, whereas the ratio
of calcium ions to octyl glucoside at the surface
was about half of that in the solution.
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_It is shown that on addition of high concentrations of inorganic solutes reactive to H atoms and OH radicals the recom-
bination of H and OH to form water in - -irradiated aqueous s ilutions is reduced. The presence of 0.43m Ce4+ 01 m Tl+
ino.s N H2so4 solution increases c»_n2 from 4.50 to 5.24. The yields of molecular hydrogen from air-free solutions of

Ce.+T I+ Tl+ Ce3+ Br_ and arsenite have been measured.

~0.45 for neutral Br_ and arsenite solutes.
yield of hydrogen in acid solutions.

Water is decomposed on irradiation to give
H, OH, H2 and HD®2 The H2 and HXD2 are
thought to result from combination of like radicals
in regions (“spurs”), where the concentration of
radicals is high, and reaction (3) has been assumed

H+ H— H, )
OH + OH - h:0:2 (2)
H+ OH—-> H. @)

to occur by analogy with (1) and (2). The H atom
and OH radicals are the reactive intermediates
formed in the radiation chemistry of dilute aqueous
solutions. Their yields are now fairly well ac-
cepted.3 It was found, however, on irradiation of
aqueous systems containing relatively high con-
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Gn, — 0.4in 0.8 N H:S0. or HC1 solutions as compared to

A mechanism ii suggested which could explain the decrease in the molecular

centrations of organic4 solutes that the yields of
radiation-induced products are dependent upon the
concentration of the solute, and cannot be ac-
counted for on the basis of the accepted radical
yields.3 It was suggestedd that at high concen-
tration the solute was reducing the extent of re-
combination of H and OH in water (reaction 3).
Though in certain cases this did seem likely, one
could provide an alternative interpretation, e.g.,
the observed increase in yields with increase in
solute concentration could be explained by elec-
tronic excitation of the solute molecules by sub-
excitation electrons6 produced by the radiation,
or by direct absorption of energy by the solute
resulting in dissociation of the organic molecule.
It seemed therefore of interest to investigate the
effect of concentration of inorganic solutes since
the increase in yields cannot in this case be due to
dissociation of the solute, and any contribution due
to direct absorption of energy at high concentra-
tions of inorganic solutes couid be calculated and
corrected for.

(5) J. Weiss, J. chim. phys., 52, 539 (1955); R. L. Platzman, Radia-
tion Res., 2, 1 (1955).
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Experimental

Ceric sulfate, Ce(HS04)4, supplied by G. Frederick Smith
Chemical Co., and thallium sulfate, T12504, by A. D.
Mackay, Inc., were used without further treatment. A
stock solution of ceric sulfate (0.5 M) in 0.8 N H2504 was
prepared and allowed to stand in the dark for two weeks
previous to irradiation. Water was triply distilled from
acid dichromate, alkaline permanganate, and a final distil-
lation.6

A 1100 curie cylindrical Co® y-source was used,7‘ with a
dose rate of 4.22 X 10D e.v./l.-min. based on the Fricke
dosimeter (10~8 M FeSCh, 10~3m NaCl, 0.8 N HZ5049)
taking Cf(Fe3+) = 15.5. Irradiations of air-saturated solu-
tions were carried out in 1.2 cm. diam., 18 cm. long Pyrex
glass tubes, which were preirradiated to a dark brown
color. Air-free solutions for H2 gas determination were
prepared as described by Schwarz, Losee and Allen.o
Ceric ion concentrations before and after irradiation were
determined by absorption spectrophotometry at 320 npi
using an extinction coefficient of 5580 in 0.8 N HZXS04
solutions.8 Dilution of concentrated ceric solutions was
carried out with 0.8 N H2504 containing 10 jxMm Ce4+.

Direct interaction of the radiation with Ce4+ and TI+
becomes appreciable at the relatively high solute concentra-
tions used. The dose absorbed in these solutions was cor-
rected for using the equation
D 2+

Ds = —+ a—+ r
®

«d

where D e is the corrected dose, 17Fe2 the dose as measured
by the Fricke dosimeter, es and od the electron density of
the irradiated solutions and dosimeter, respectively, r the
correction for the photoelectric effect,9a the correction for
the absorption of low-energy scattered radiation inside
the Co® source by materials of high atomic number.D
r was calculated using the mass absorption coefficient9 for
my-ravs at wave length 0.01 A. for Pb and Sn, these having
about the same atomic numbers as T1 and Ce, respectively.
In order to calculate the electron density the specific gravi-
ties of the solutions were determined, and the results and the
calculated corrections are shown in Table I. The cor-
rected doses are good to +2% . The implied assumption
made here is thay the “extra” energy absorbed by the
Ce4+ and T I+ is transferred to the solvent (water), but that
no energy is transferred from the water to the solutes.

Arsenite solutions were prepared by dissolving 5 X
10~3 M arsenious oxide in 0.1 N NaOH and rapidly neutra-
lizing the solution with sulfuric acid.

Hydrogen was measured by combustion with oxygen on
aplatinum filament.

Results

The ceric-thallous sulfate system developed by
Sworski8 was chosen for this study because both
constituents have a relatively high solubility in
water. On irradiation of air-saturated 10~3 M
Ce4+, 10-3 M T1X504 in 0.8 N HZXS04 solution,
G(Ce3+) was found to be 7.80 which is slightly
lower than Sworski's value of 7.92.8 Sworski’s
results that addition of up to I0“1 M TI2SO4 to
1ICH410~3 M Ce(HS044in 0.8 N H204 does not
affect G(Ce3+) were also confirmed. It was found,
however, on increasing the concentration of Ce4+
ions that G(Ce3+) increased over and above the
contribution from the decrease in the yield of
molecular hydrogen.11'12 Table Il gives values of
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G(Ce3+) corrected for direct absorption of the
radiation by the thallous and ceric ions present
in solution in relatively high concentrations. The
error in determining the slopes of the yield-dose
plot is at the highest [Ced4+], £3%. Figure 1
shows the yields cf G(Ce3+) corrected for absorption
of radiation, as a function of Ce(HS044concentra-
tion. It can be seen that increasing the concen-
tration of Ce4+ ions at constant [T1+] results in an
increase in (7(Ce3+).

Tabie |

D osimetric Correction on Irradiation of Ce4+in 0.1 M

TLS0s in 0.8 N H2S04

Ce' + Cor-
conen., Density, rection,
M g./ml. eslen r X 103 a X 10» %
0.06 1.086 1.041 7.6 20 6.8

10 1.104 1.048 7.9 21 7.8
.16 1.122 1.056 8.4 22 8.8
.25 1.145 1.065 8.8 24 10.0
43 1.208 1.090 10 28 13.0

.15¢ 1.081 1.04 4 6.7 5

“ Containing 2 X 10-.m TLS04.

Table Il gives the corrected yields of molecular
hydrogen as measured in air-free 0.8 n HZX04
solutions of ceric sulfate in 10 ~m TI1X04 The
presence of thallous ions does not affect (j 'H2),
as seen from the irradiation of a 0.1l m Ce4+
solution in the absence of T1+. The value of (?(H2
extrapolated to infinite dilution from the plot of

G(H2 vs. v/iCe4+1is0.395.

Table Il
0(Ce3+) and (O(Ha Yields from y-lrradiated 0.8 N
H:S0s Ceric Sotutions in 10.1 M T1.S0.
[Ce<+], M G(Ce3+)cor.” [Ce'+], M GOLDor.'
0.062 8.15 ] x o~ 0.364
.095 S.56 5.26 X 10-. .355
.165 9.19 7.77 X 10-3 313
257 9.40 8.2 X 10-: .236
431 9.70 3.74 X 10-: 187
.1503 8.98 1.1 X 10~ .23
“Yields corrected for direcc interaction of the radiation
with the solufj ee Experimental section). s Containing
2 x 10~2AT <No thallous ion added.

The value of 0.395 for the molecular yield of
H2is lower than that recently obtained by Mahlman
and BoyleB3from 0.8 N HZ04solutions of bromide
and by Schwarz and Hritz}4 from ferrous chloride
solutions in 0.4 M HC1, Gh, = 0.45. The yield in
neutral solution, Gh, = 0.45, seems to be generally
agreed on. It seemed worthwhile to check this
discrepancy. The yield of H2from air-free HXS04
solutions of KBr, T1+, Ce3+ and arsenite, and of
KBr and arsenite in neutral solutions are shown in
Table Ill. The values of G(H2 measured in
every run are included. As can be seen, in all
cases the yields of H2 are slightly lower in acid
than in neutral solution. Figure 2 gives a plot
of G(H2 from air-free bromide solutions vs. pH.
The yield of H2in 0.8 N HC1 in the presence or
absence of 1ICH3M KBr also gives a value near 0.4.

(13) IL A. Mahlman and J. W. Boyle, J. Am. Chem. Soc., 80, 773

(1958).
(14) H. A. Schwarz and J. M. Hritz, ibid., 80, 5636 (1958).
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Ced+ ™.

Fig. 1.—G(Ce3+) plotted as a function of [Ce4+] ob-
tained from irradiation of air-saturated 0.1 m TI.SOs,
0.8 N H:SO., except for one run (O0) in 0.02 m TI.SO..

pH.

Fig. 2.—Yields of t?(H2 vs. pH obtained from Coeo
- -irradiation of air-free KBr solutions. All runs are
included on the graph.

Tabte I

Hydeogen Yields feom 7-lrradiated Aie-feee Aqueous

Solutions

Solute pH G(Hi)

10. s m KBr 5.5 0.438;0.445;0 .442

10.: m KBr 3.0 A432; .437; .438

10.sm KBr 2.4 A4A22; 425

10 sm KBr 1.2 405; .401; .404

10-sm KBr 0.4 .384; .404; .403;0.381;
.404; .399

10"» m TLSC4 0.4 409; .422; 425

10-* m TIL.SO, 0.4 409

10. s m Cex(S04), 0.4" .399; .404

10- s m arsenite 0.4 .377; .372; .376

10_s m arsenite 2.2 A422; 425

10.s m arsenite 6.0 434, 447

0.8YHC1 0.4 A4A13; .414; 411

10-: AtKBr,0.s N HC1 0.4 .404; .399; .400

“ 0.8 N H:SO: solutions.
Discussion

The following reactions explain the radiation-
induced reduction of ceric by thallous ions8
H+ 0:— >HO: 4)
HO. + Ce4+— > Ce3++ H+ + 0. (5)

H + Ced+— > Ce3++ H+ (59
OH + Tl+ — >=aTI2+ + OH" (s)
Ti2+ + Ced+— TI3+ + Cest )]

H.0. + 2Ced+— >2Ce3++ 2H+ + 0: (s

E. Hayon
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This mechanism holds up to nearly complete con-
sumption of the ceric ions present in solution as
long as the concentration of thallous ions is greater
than that of cerous ions formed, since kt/ks —
38.8 G(Ce3+) is therefore equal to 27hs, + Gh +

OH + Ce3+— Ced++ OH- 9)

(foil- Increasing the thallous concentration de-
creases Gh,o, by reaction of T1+ with OH radicals
in the spurs before they recombine to form H2 2
But the sequence of reactions 6 and 7 is equivalent
to (8) so that (7(Ce8+) remains unchanged.8 In-
creasing the ceric ion concentration in the absence
of thallous ions has been shown1l'12 to reduce the
yields of molecular hydrogen appreciably, as a
result of reaction 5' occurring in the spurs, leading
to anincrease in G(Ce3+).
From the mechanism proposed by Sworski

G(Ce3H) = 27ho, + (Ph + Goh
= 2G_h,0 — 2G'hj

since from the stoichiometric balance (& h,o —
2GhiG + Goa = 2Gh, + Gh,or

A(7_hd = 'AAG(Ce3H + AGh, (10)

where AGh, is negative since the yield of H2 has
decreased. On a statistical basis one would expect
that the increase in G_HIO (reaction 3) with in-
crease in concentration of the inorganic solutes
would reach an optimum value equal to 2Gh, or
2(711,0,, But since Gh, and Gh,o, are not equal,3
the maximum increase in G~h,o would to a first
approximation be equal to Gh, + Gh,o, or 1.20
in 0.8 N H204 Ignoring the difference in the
molecular yield of hydrogen in air-saturated solu-
tion compared to air-free solution, due to scaveng-
ing of H atoms by 02 one can to a first approxi-
mation calculate A(>_nto. G(H2 = 0.18 for air-
free and (?(Ce3+) = 9.70 for air-saturated 0.43
M Ce4+in 10-1M T12504 0.8 N H2504 solutions,
giving a value for AG- Ho = 0.735 according to
equation 10.

(7(Ce3+) seems to be independent of [T1+] (Fig.
1) in concentrated ceric ion solutions. One must,
therefore, assume that the reaction of H atoms with
T 12+ must be as fast as the reaction of H atoms with
OH radicals, but that in the presence of Ce4+ the
H atoms react with it instead of with OH or T2+

The yield of molecular hydrogen in air-free 0.8
N H2504 solutions has been in some controversy,
values of (7(H2 = 0.45134 and 0.407 have been
obtained. The values of (?(H2 measured in a
number of different systems (Table IIl, Fig. 2)
seem to indicate that the yields of H2are slightly
lower in acid than in neutral solution. It seems,
therefore, that in the radiation chemistry of water
with Co@ 7-rays, the yield of molecular hydrogen
does not increase with increase in the hydrogen
ion concentration, whereas the yields of H, OH,
H2D2 and (7- h»35 do. This difference of Gh,
with pH raises an interesting argument in con-
nection with the mode of formation of H2 in the
track of the radiation, and gives support to a recent
suggestion¥ that in neutral solution molecular

(15) A. O. Allen and H. A. Schwarz, Proc. 2nd International Con/.,

Geneva, 29, 30 (1958).
(16) E. Hayon and J. Weiss, ibid., 29, 80 (1958).
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hydrogen is formed from recombination of two
hydrated electrons in the water (cf. reaction 1)

HD- + HD- —>H2+ 20H- (1))

In acid solution the hydrated electrons can, in the
absence of other solutes with which it can react
directly as an HD~,1817 be converted to H atoms

HD- + Ht—"H+HD (19

which would then have to recombine to give
molecular hydrogen (reaction 1). Ce4+ ions pres-
ent in solution could be expected to compete
with the hydrogen ions for reaction with the hy-
drated electrons. In order to explain the decrease
of Gh2with increase in the [H+] it is possible that
either the H atoms recombine (reaction (1)) more
slowly than hydrated electrons (reaction (11)), or

(17) E. Hayon and J. Weiss, J. Chem. Soc., 5091 (1960).
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that the rates of reactions (1) and (11) are of the
same order of magnitude but that as a result of
reaction (12) the dimensions of the spurs are in-
creasedI8 and the probability of like-species re-
combination reduced.

Note Added.— The results by Mahlman (./. Am.
Chem. Soc., 81, 3203 (1959)) on the determination
of (?(H2 from air-free Ce4+ solutions were brought
to the attention of the author, after submission of
this paper. It does not seem possible to account
for the disagreement in our values for G(H2.
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The equimolar complexes of FeCls with NaCl and KC1 have been studied by phase behavior, X-ray diffraction, thermo-

chemical and vapor pressure methods.

The phase diagrams show double eutectics, the FeCI3NaCl system at XNaci = 0.48

and 0.51, and FeCla-KCl at Xkci = 0.45and 0.52. The standard heat of the reaction NaCl + FeCh = NaCl-FeCh at 25° is

—0.8 kcal./mole;

that to form KCI-FeCU is —7.2 kcal./mole.

The temperature and composition dependence of ferric

chloride pressure above its mixtures with NaCl and KC1 indicate the 1:1 complexes to be stable in the melt and to be as

M +FeCl4 .

Introduction

Ferric chloride is known to form 1:1 addition
compounds with molecules capable of supplying a
chloride ion, e.g., with EtiNCI,1 NH.Cl. T1C1,3
NOC1,4 CNC1,6 POC136 PC167 These compounds
are regarded as containing the [FeCLt]~ ion; their
solutions in non-aqueous solvents are electrically
conducting, and electrolysis of FeCI3 in CNCl1
transports Fe to the anode.6

Two previous studies of the FeCI3NaCl phase
diagram have indicated a single eutectic, without
evidence of compound formation.89 Although the
vapor pressure of ferric chloride is strongly reduced
in the presence of sodium chloride, Johnstone, et
al.,s who determined the ferric chloride pressure
above melts containing up to 46 mole % NaCl, ex-
plained this reduction as the normal effect of the
solute in lowering vapor pressure and found no evi-
dence for the existence of a compound. This ex-
planation, however, is not compatible with the ob-

(1) V. Gutmann and F. Mairinger, Z. anorg. allgem. Chem., 289,
279 (1957).

(2) K. Hachmeister, Z. anorg. Chem., 109, 145 (1919).

(3) G. Scarpa, Atti Acad. Lincei, [5] 21, 720 (1912).

(4) J. Lewis and D. B. Sowerly, J. Chem. Soc., 1617 (1957).

(5) A. A. Woolf, ibid., 252 (1954).

(6) V. V. Dadape and M. R. A. Rao, J. Am. Chem. Soc., 77, 6192
(1955).

(7) Ya. A. Fialkov and Ya. B. Burzanov, Doklady Akad. Nauk
S.S.S.R., 92, 585 (1953).

(8) H. F. Johnstone, Il. C. Weingartner and W. E, Winsche, J. Am.
Chem. Soc., 64, 241 (1942).

(9) 1. S. Morozov and D. Ya. Toptygin, Zhur. Neorg. Khim., 2, 2129
(1957).

Evidence is presented for the existence of NaCl-FeCl, and KCI-FeCls in the vapor phase.

servation by DunnD that, below 400°, the ferric
chloride pressure drops rapidly to nearly zero at
50 mole % NacCl.

In the chemically similar system NaCI-AICI3
both the vapor pressurell and phase diagram12
data are consistent in indicating the NaAICU
compound.

Experimental

Sample Preparation.—Two alternate procedures for
preparation of FeCI3NaCl melts were employed. Those
FeCI3NaCl mixtures having less than 50 mole % NaCl
that were used in measurement of the ferric chloride vapor
pressures were prepared by mixing FeCls (B & A Code 1733
Sublimed Technical) and NaCl (B & A, C.P.). The result-
ing mixture was treated with COCI. for several days to re-
move traces of ferric oxide before vapor pressure measure-
ments were carried out. Melt compositions were deter-
mined at the beginning and end of each vapor pressure run
by sampling and anal

The ferric chloride alkall chloride melts used for the
remaining vapor pressure, the phase diagram, and the ca-
lorimetric studies were prepared in the following manner.
Alkali chloride was added to the bulb which was to contain
the salt mixture. Air was removed by evacuation and back
filling with CI2 and the salt was warmed to 300°. Iron
wire, contained in a side tube attached to this bulb, was
burnt in a stream of chloride, and the ferric chloride sub-
limed into the salt. The traces of iron and alkali chloride
carried by the chlorine from the pot during sample prepara-
tion were trapped in a Pyrex wool plug located before the
exit bubbler and were determined by analysis. The melt@

(10) W. E. Dunn, Jr., presented at A.C.S. Delaware Valley Regional
Meeting, Feb. 16, 1956.

(11) E. W. Dewing, J. Am. Chem. Soc., 77, 2639 (1955).

(12) U. J. Shvartsman, Zhur. Fiz. Khim., 14, 254 (1940).
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compositions were determined from the weights of salt and
iron put into the mixture.

The sodium chloride and potassium chloride were purified
by fusion in HC1 and were crushed and stored under a dry
atmosphere. The iron wire was Baker Analyzed reagent
grade; the chlorine was Matheson “ oxygen-free.”

In subsequent discussion where melt compositions are
expressed as mole fraction of alkali chloride, MCI, this is an
input or nominal mole fraction; Xmci = N input MCI/V
input MCI + N input FeCI3 The mole fractions of MFe-
Cl4 on the other hand, are believed to represent the actual
concentrations of MFeCh in the melt and are calculated
presuming reaction 2 to be quantitative. In MCI-rich
melts XMFecu = N input FeCh/iV input MCI.

Phase Diagrams.—The salt mixtures used in the phase
studies were prepared in 30 mm. d. by 4” Vycor bulbs and
were sealed off under a A?, pressure of 90 mm. The bulbs
were then placed inside a cavity, formed of “ TIPERSUL”
insulation, inside a 7" length of 2.5” d. heavy wall steel pipe
located within a well-insulated tube furnace. Agitation
of the molten mixture was provided by rocking the tube
furnace.

The transition temperatures of the salt mixtures were
determined from their cooling curves. Salt temperatures
were measured by a Chromel-Alumel thermocouple, which
had been standardized previously against the melting point
of bismuth, located in a well along the axis of the bulb.
The phase transitions were located by following the tem-
perature differential between sample and surrounding pipe,
measured by two pairs of Chromel-Alumel thermocouples,
on a Minneapolis-Honeywell Brown recorder. Changes in
cooling rate appeared as sharp discontinuities in the slope
of the differential temperature vs. time plot. Transforma-
tion temperatures measured by this method were repro-
ducible to £1° below 250° and to +2° for higher tem-
peratures.

X-Ray Powder Patterns.—Mixtures of NaCl-FeCh and
KCI-FeCh were taken from the sample bulbs after cooling
curves were run, ground in a dry box and loaded into 0.5
mm. Lindemann glass capillaries and exposed to iron filtered
35 Kv. cobalt radiation for four hours In a powder camera.

The b spacings were read from the Debye-Scherrer photo-
graphs with a Mies scale, and the intensities of the lines were
estimated visually.

Calorimetric Measurements.—The solution calorimeter
was a one-liter Dewar flask closed with a cork through which
were brought a Beckmann thermometer, a stirrer, and tube
for introducing samples. The calorimeter contained 800
cc. of HC1 + NaCl + KC1 solution in which the ferric chlo-
ride-containing salts were readily soluble. The water
equivalent of the calorimeter plus the solution was measured
by observing the temperature rise per watt minute passed
through a resistor inside the calorimeter.

Approximately 10-g. samples of NaCl, KC1, FeClI3
NaFeCU and KFeCfi were loaded in a dry box into glass
bottles which were then paraffined and stored in a desic-
cator until use. The FeCls had been purified by sublima-
tion in CI2 the NaFeCfi and KFeCU had been prepared and
used in the phase studies. These salts were stored in sealed
bulbs until this use.

A sample bottle was weighed, the calorimeter entry tube
unstoppered, the sample quickly uncapped and dumped
throug the tube into the HC1 solution, the calorimeter
closed and the emptied bottle reweighed. In this process
the salts were exposed to the atmosphere for less than three
seconds. Heats of solution were determined from the tem-
perature change. The calorimeter was operated near room
temperature; thus corrections for the sensible heat intro-
duced with the salt were small.

Measured heats of solution were

in 492 N HC1

NaCl = —2.2 kcal./mole
KC1 = —4.0 kcal./mole
FeCls = 20.8 kcal./mole
NaFeCh = 181 kcal./mole
KFeCfi = 9.6 kcal./mole

in 6.14 N HC1, 0.125 n NaCl, 0.125 n KCI

NaCl = —2.3 kcal./mole
KCI = —3.9 kcal./mole
FeCls = 18.8 kcal./mole
NaFeCfi = 15.6 kcal./mole
KFeCl, = 5.5 kcal./mole

Chartles M. Cook, JI"., and W endel1 E. Dunn, Jr.

Yol. 65

Heats of fusion and heat capacities were determined in
a drop calorimeter constructed in the same fashion as the
solution calorimeter excegt that the entry port was re-
placed by a Pyrex test-tube and the calorimeter contained
H2 rather than HCL solution. The test-tube, extending
into the water, was padded on the bottom with a plug of
Pyrex wool and contained 10 cc. of silicone oil to facilitate
heat transfer.

The sample was sealed into a Pyrex ampoule and this was
suspended by a fine copper wire inside a tube furnace.
The sample temperature was measured with a Chromel-
Alumel thermocouple placed in a thermocouple well extend-
ing about three-quarters of the way into the ampoule.
The tube furnace was constructed of an electrically heated,
asbestos-jacketed, §4' by 11" 1 copper pipe. The top
of the furnace was sealed with an asbestos plug through
which passed the sample thermocouple and the copper wire
suspending the ampoule. In the region of the sample the
furnace wall temperature was uniform to + - °.

When the sample had come to constant temperature, the
tube furnace was swung into position over the calorimeter,
an aluminum radiation shield removed, and the sample
dropped into the test-tube by cutting the copper wire.
The furnace then was removed and the test-tube corked.
Because of the short time of exposure and the relatively
low temperatures employed, radiative heat transfer from
the furnace to the calorimetric during the release of the
sample was not significant.

The heat content of the Pyrex in the ampoule was calcu-
lated assuming that for Pyrex cp = 0.20 cal./g.

For calibration, the heat contents of a sample of bis-
muth were determined at two temperatures using the drop
calorimeter with the above procedure.

Obsd.
Temp., Ht — Hm Actual Ht — H3m0,18
cal./mole cal./mole
518 1470 1460 dh 30
584 4550 4560 zb 80

Vapor Pressure.—The pressures of FeCls and MFeCh
above ferric chloride-alkali chloride mixtures were measured
by a transpiration method. The molten salts were con-
tained in a long-necked Vycor flask immersed in molten
solder. The carrier gas, Cl. at 40-120 cc./min., was
brought into the melt by a side arm sealed to the flask.
For melt temperatures in excess of 600° the Cl. was preheated
with a Nichrome winding around the side arm before it
passed through the solder bath into the Vycor flask. After
bubbling through the melt the Cl« passed through a con-
denser and was exhausted through a bubbler. ClI. flow was
measured by capillary flowmeters or by titration of I. liber-
ated from K1 solutions.

The condenser was a Vycor tube sealed at the one end to a
standard taper grind and formed at the other end into a cup
to trap any liquid running down the inside surface. The
condenser was Inerted through the neck of the Vycor flask,
the grind sealing to a corresponding grind on the neck
of the flask, the cup extending down into the heated zone.
A plug of Refrasil wool in the condenser opening at the
cup end prevented splattered melt from being carried by
the Cl: into the condenser.

In a typical run the condenser was flushed with Cl. and
inserted into the flask. A constant flow rate of Cl. was then
bubbled through the melt for a known time, after which the
condenser was removed and the deposited chlorides washed
out and analyzed for Fe (by Volhard procedure) and Na
(with zinc uranyl acetate) or K (with NaBPh4). "An argon
Eurge entering through a side arm in the neck of the flask,

lanketed the melt during changing of condensers.

The observed data, the moles of Fe(ll11) and M(I) trans-
ported per mole CI2 were converted to vapor pressures on
the assumption that the gas phase species were FeCls(g),
Fe:.Cls(g) and MFeClJg). Duplicate runs at different Cl.
flow rates indicated the vapor pressures to be independent
of Cl flow.

The vapor pressure data are presented as P fccui, the com-
bined vapor pressures of ferric chloride monomer and
dimer, and as p MFecn, the vapor pressure of the presumedly
monomeric complex.:B

(13) O. Kubashchewski ami E. Evans, “ Metallurgical Thermochem-
istry,” 2nd Ed., John Wiley and Sons, New York, N. Y., 1956.
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Fig. 1L—Partial solid-liquid phase diagram of the system
FeCh-NaCl. Eutectics at Xfiaci = 0.48, 157°; XNaci =
0.51, 162°. Congruent m.p. = 163°.

Discussion

Phase Data.—Figures 1 and 2 show the phase
diagrams of FeCI3NaCl and FeCR-KCIl in the
regions between 40 and 60 mole % FeCIl3 Both of
these diagrams are seen to be consistent with the
formation of a congruently melting 1:1 compound.
The low melting point of NaFeCU causes the FeCI3
NaCl phase diagram to resemble that of a simple
eutectic; the existence of the compound is appa-
rent, however, in the consistent 4.5° difference in
eutectic temperatures above and below X ned —
0.50. The higher melting KFeCR shows clearly as
a congruently melting compound in the FeCR-KCI
system.

A poorly-defined solid state phase transformation
occurs at ~156° in the FeCI3KCI system.

The existence of the compounds NaFeCfi and
KFeCh was confirmed by X-ray patterns of the
powdered salt mixtures. A complex pattern of
lines was observed, with the most intense occurring
at 3.18, 3.02, 2.91, 2.82, 2.43, 2.26, 2.24, 2.07, 1.76,
1.72 and 155 A. for NaFeCU and at 3.86, 3.70,
2.75, 2.66, 2.48, 2.36 and 1.74 A., for KFeCfi. In
addition to the MFeCh patterns, in mixtures con-
taining more than 50 mole % alkali chloride NaCl or
KC1 lines appeared strongly. For mixtures with
less than 50 mole % alkali chloride the pattern of
ferric chloride was present and alkali chloride lines
appeared only weakly if at all.

Calorimetric Data.—The difference between the
heats of solution in aqueous HC1 of MFeClffc) and
of MCI(c) plus FeCl3c) is A/7°(lim), the enthalpy
change at 25° of the reaction

MCI(c) + FeCk(c) = MFeCli(c) O]

R eaction of Ferric Chloride with Sodium and Potassium Chlorides
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Fig. 2—Partial solid-liquid phase diagram of the system

FeCfi-KCI. Eutectics at Xkci = 045, 206° Xkci =
0.52, 242°. Congruent m.p. = 249°.
K™ /
/
J
/
d
b s
Temp., °C.

Fig. 3—Relative enthalpies of NaFeCfi and KFeCL,.

Reaction 1 is exothermic for NaFeCLffc) and KFe-
Cl4(c), although for the former the heat effect is
slight.

Aflfii.Na) = —0.8 + 0.6 kcal./mole

AHVK = —7.2 £ 1kcal./mole

The difference in exothermicity between K and Na
salts is in part due to the smaller lattice energy¥
of KCI(c) (—169.9 kcal./mole).

(14) D. Cubicciotti, J. Chem. Phys., 33, 1579 (1960).
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1'ig. 4—Vapor pressures of NaFeCh and KFeCh: ©, X n»ci

Chartes M. Cook, JI"., and Wendell E. Dunn, Jr.

Vol. 65

0.514; O, ATuci = 0.540; ®, ANG = 0.575; o, Auxci =

0.650; X, Xkci = 0.525; +, Xkci = 0.575.

Figure 3 shows the variation with temperature of
molar heat content of NaFeCh and KFeCh meas-
ured with the drop calorimeter. The values of heat
capacities and heats of fusion, determined from the
slopes of the lines and from the step heights in this
figure, respectively, are in Table I.

Table |
Cp solid, Cp liquid, AH Fusion, AS Fusion,
cal./mole cal./mole kcal./mole  e.u./mole
Compd. °C. °C.
NaFeCh 395 42.1 4.30 9.86
KFeCh 40.0 53.0 3.85 7.36

The above thermodynamic values indicate that
the tetrachloroferrate complex should form ex-
othermically, not only in the solid state, but also in
the melt. Thus, at temperature T°K., the reac-
tion

MCI(lig) + FeCh(Hg) = MFeCh(lig) 2

will have enthalpy change
AH(2,M) = Ai7°(LM) + [AHF(MEQY  AffRFedl) —
T
AETRMCD)1(29S) + J*298tACp(iiq) — ACp@ldr (3)

Substitution of the heat of fusion1316 and heat
capacityI7 values for MCI, FeClsand MFeCl4 into
(3) vyields

AH(eN> = —7600 — 5.357 cal./mole,

300°K. < T < 600°K.
Ai- (K = —19900 + 5.81T cal./mole,
300°K. < T < 600°K.

(15) N.B.S. Circular 500, “Selected Values of Chemical Thermo-
dynamic Properties,” 1952.

(16) The values Aff(680.7) (FeCU Fusion) = 9 0.4 kcal./mole
FeClj and AHWwo.7) (FeCla Vap.) = 14.9 + 0.8 kcal./mole FeaCle are
used herein. C. M. Cook, Jr., unpublished work.

(17) Cp values are from K. K. Kelley, “Contributions to The Data
on Theoretical Metallurgy. XI111,” Bulletin 584, U. S. Bureau of
Mines (1960).
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for the liquid state reaction of the sodium and potas-
sium salts, respectively.

Vapor Pressure. MFeCh.—Chlorine passing
through a ferric chloride-alkali chloride melt trans-
ports, in addition to ferric chloride, appreciable
quantities of sodium or potassium salts. Since
pure NaCl or KC1 is not significantly volatile
within the experimental temperature range, and
since the Fe(ll11)/M(I) ratio transported is never
less than unity, it appears reasonable that the
vapor above the melt contains a complex species,
probably MFeCh. Dewingll has reported vola-
tilization of NaAICh from AICI3NaCl melts and
Porter and Zeller18 find LiAlIF4(g) above molten
AlFa-LiF.

For melts at constant composition the logarithms
of the vapor pressures of NaFeCfi and IvFeCU
vary linearly with reciprocal temperature as is
shown in Fig. 4. The plotted points are the observed
vapor pressures divided by the X mfcCL in the melt.
The solid fine represents the least squares fit of the
P NaFeCL data, the dotted line of the PirFeCL
data. The partial pressures of MFeCh over liquids
of nominal composition MFeCh are calculated to be

log P NaFecu (Mm.) = 7.496 - 5904771

750°K. < 1 < 1100°K.
log PKF.cn (mm.) = 5.657 - 4517P"1

850°K. < T < 1100°K.

Ferric Chloride.—Ferric chloride vapor below
400° exists primarily as the dimer, FeiChig), and

above 600° as the monomer, FeCh(g). The
equilibrium is

2 FeCl,(g) = FeCls(g) 4
with13
Aw = -32.55 kcal.,, AS» = -31.65 e.u;;

778°K. < T < 998°K.

Within the experimental temperature range, 250-
750°, ferric chloride vapor will be present both as
monomer and dimer. For convenience in presenta-
tion the ferric chloride pressures in equilibrium
with the FeCh-MCI melts are expressed in Fig. 5
and 6 as a combined pressure of monomer and dimer
l.e.

P £Cli* = PveCU + 2PFe2Cl. (5)

Addition of NaCl to ferric chloride brings about
a steep, titration-like decrease in vapor pressure to
almost zero at 50 mole % NaCl. As shown in Fig.
5, at 352° the vapor pressure drops by 2.5 orders of
magnitude as the melt composition changes from 45
to 50 mole % NaCl. This behavior is consistent
with the existence in the melt of a 1:1 compound
between FeCU and NacCl.

The solid and the dashed curves in Fig. 5 repre-
sent the preci.» composition dependence anticipated
if the unreacted ferric chloride is dissolved in the
ionized NaFeCh melt as FeZXll0 or as FeCfi, re-
spectively, and if Raoult’s law is obeyed.®

The dependence upon temperature of ferric chlo-
ride pressure above FeCI3MCI melts is shown in

(18) R. F. Porter and E. E. Zeller, J. Chem. Phys., 33, 858 (1960).

(19) The FeClj-NaCl liquidus temperatures of Johnstone, et al., are
ca. 10° higher than the freezing points calculated from d In XFeXCls/
dT~l = —AHTF/P presuming AHy = 18 kcal./mole FeiClo and the

f.p. of Fe2Cla ** 307.5°. This temperature difference indicates 7Fe2Cl«
~ 1.5at 290°.

R eaction of Ferric Chloride with Sodium and Potassium Chlorides
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Fig. 5.—Vapor pressure of ferric chloride above FeCb +
NaCl mixture at 352°: O, Stirneman; ©, Johnstone, et
al-, 9, this work.

Fig. 6. The straight lines, which are least squares
averages of the PFeci,* vs. T~xdata at constant com-
position, show, for melt compositions below 50 mole
% NacCl, slopes approximately parallel to the slope
of the FeCl» liquid vapor pressure curve given by
Stirneman20, above 50 mole % NaCl the slopes
steepen. The KCl-containing melts exhibit lower
ferric chloride vapor pressures and steeper d log
PFeCLBd T ~1slopes than similar NaCl melts.

In Table Il concentration equilibrium constants
for the reaction

MFeCh(soin) = MCI(soln) + FeCb(v) (s)

are presented for FeCh-MCI mixtures containing
excess alkali chloride. The approximate constancy
of the Keqg values is consistent with the formation of
the MFeCh species.

Table Il
Equilibria at 1000°K. According to Reaction s
= Xrd

-PFeCI8/
Mole % MCI X mf.cu PFeCis, MM X mFbCU
54.0 NaCl 0.855 73.3 12.0
57.5 NaCl 739 37.2 13.0
65.0 NaCl .539 18.8 16.0
525 KC1 .905 24.3 2.6
57.5 KC1 .739 7.46 2.6

As a check of agreement between calorimetric and
vapor pressure data it is instructive to compare
enthalpies of solution of ferric chloride in MFeCh
derived from the slopes of the curves in Fig. 6
with the enthalpies of reaction 2. From the d log

(20) E. Stirneman, Neues Jahrb. Min. Geol. Paleontology, A52, 334,
353 (1925).
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Fig. « —Temperature dependence of ferric chloride vapor pressure above FeCl: + NaCl and FeCl: + KC1 mixtures.

PyeG\IZ/~T~I values of Fig. 6 the enthalpy changes,
AH(@'s, of the reaction
FeCf,(g) = FeCls(soln) @

can be obtained at the several melt compositions.
Assuming ACR8 = —15 cal./mole °, the enthalpy
of vaporization
FeCIa(Ilq) = 142 FezCIe(g) (5)
AH@® = 16160 — 15T cal./mole
combined with the enthalpy of reaction 4 at 888 °iv.
yields for
FeCls(lig) = FeCh(g) 9)
Ai;e) = 19 kcal./mole

An average enthalpy of vaporization, AHao), can
Ire computed for a series of PFeciJ data points at
constant composition by combining AH® and
AH N, in proportion to the average fraction of the
FeCh* present as FeXl6 and FeC'l3 respectively.

Tavie I

E stimation of The Heat of Solution of FeC13(lig) IN

Morttr.n MFECU + MCI M ixtures from d LOG PreCY/

dP 1 AHao)} and from Calorimetric D ata (?.<?,
AH (2,M))
VV.d Av. temp., °K. AH(n, keal. AN,  keal.
0.472 630 s 0
484 640 + i 0
499 830 -8 0
514 810 -10 -12
540 950 -10 -13
575 980 -12 13
650 1050 -10 -13
-VkC! Av. temp. Affan iffo K
0.525 970 -16 -14
0.575 1000 -25 -14
FeCI3(|Iq) = FeCls' (g) (10)

AH (0 = 2ai7i8) [“Fe-ide\vFreadfi -+ “Yods)|ag +
AI7(9) IPi)eCh/(.PFe2Clt +

PrReClj)] ae
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Adding equations 7 and 10

FeCls(lig) = FeCls(soln)
Afiui) = AH;,, + Ait(io)

(1)

yields Ai7(U), the apparent heat of solution of
liguid FeCl3in the melt as derived from the slope
of the vapor pressure curves.

Now if indeed it is true that ferric chloride reacts
with sodium chloride according to reaction 2,
then for initial FeCI3M CI mole ratios greater than
unity Ai?(id should be approximately zero, and
for FeCh/MCI ratios less than unity AHan should

E.m.f. M easurements in M olten Bismuth-Bismuth Trichloride Solutions
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approximate AH@2m). In Table IIl the values of
Afi(n) calculated from the log(vapor pressure)-
temp.-1 slopes are compared with the values of
aH(2.m) calculated from the calorimetric data and
equation 3. In view of the uncertainties introduced
with measurements of slope and with the 400° ex-
trapolation of reaction 2 the agreement between
AH(a) and AH(@2m) is satisfactory. The apparent
disagreement in the last KC1 series is possibly the
result of analytical error in the pair of points at T~1
= 1.11; if these are omitted the AH(n) derived
from the least squares slope of the remaining points
is —18 kcal., in better agreement with AH”.k).

E.M.F. MEASUREMENTS IN MOLTEN BISMUTH-BISMUTH TRICHLORIDE
SOLUTIONS1

By L. E. Topor,

Atomics International, A Division of North American Aviation, Inc.,

S. J. Yosim and R. A. Osteryoung

Canoga Park, California

Received February 27, 1961

E.m.f. studies on cells of the type C, Bi(Ah), BiCI3I — Nf) ||JBA3l — ), Bi(Ah), C where n denotes mole fraction,

were made at 238, 270, 300, 325 and 350°;

a 70 mole % BiCI330 mole % KC1 melt at 325°, and another with a 75% BICI325% AlCl: melt at 270°.

also, the effects of varying acidity were observed by examining a cell containing

The Bi concen-

tration N, in the reference half-cell was held constant, and the Bi concentration AUJin the other half-cell was varied from 0 to

about 0.06 by coulometric addition.
similar manner.

concentrations, ie., N2 < 0.1}

A cell containing higher concentrations, ie., N.
Plots of the e.m.f. vs. log Bi concentration yielded initially stralght lines which changed slope at low metal
the metal concentration at which this departure from linearity occurred increased with

= 0.07 to 0.25, was studied in a

temperature and with the acidity of the system. For the low concentration region a slope corresponding to a Nernst n of

2.05 + 0.10, consistent with the species Bi+, was found at all temperatures.
N2 > o 01, are interpreted in terms of the species Bi.CL(. The equilibrium constant, XN for the reaction 4BiCl =

The data for the higher Bi concentrations, i.e.,
Bi.Cls

can be expressed as log Kn = [(4.49 £ 0.54) X 10:]/T'°K. — 1.930 + 0.945 for Nbi < 0.09 and the temperature range 238

to 350°.

Introduction

Although the phase diagram23and properties4-7
of the bismuth-bismuth trichloride system have
been investigated, the mode of solution of the metal
in its molten salt is still uncertain. The solid
subhalide BiCl has been isolated,8and a cryoscopic
study%a yielded results which were consistent with
the species BiZXIZdb in solution. In a recent
polarographic study® it was found that in BiCI3
melts containing low concentrations of bismuth (less
than 0.002 mole fraction) the species resulting
from solution of the metal could be oxidized, and
this reaction appeared to be reversible at an inert
electrode. In addition, an analysis of the polaro-
grams Yyielded apparent Nernst n’s of 1.5-1.8.
These results, although inconclusive, suggest Bi+

(1) This work was carried out under the auspices of the Research
Division of the Atomic Energy Commission.

(2) M. A. Sokolova, G. G. Urazov and V. G. Kuznetsov, Alcad.
Nauk, S.S.S.R., Inst. Gen.Inorg. Chem., 1, 102 (1954).

(3) S. J. Yosim, A. J. Darnell, W. G. Gehman and S. W. Mayer,

Phys. Chem., 63, 230 (1959).

(4) D. Cubicciotti, I\ J. Keneshea, Jr.,
62, 463 (1958).

(5) F. J. Keneshea, Jr., and D. Cubicciotti, ibid., 62, 843 (1958).

(6) M. A. Bredig, H. A. Levy, F. J. Keneshea and D. Cubicciotti,
ibid., 64, 191 (1960).

(7) A.J. Darnell and S. J. Yosim, ibid., 63, 1813 (1959).

(8) J. D. Corbett, J. Am. Chem. Soc., 80, 4757 (1958).

(9a) S. W. Mayer, S. J. Yosim and L. E. Topol, J. Phys. Chem., 64,
238 (1960).

(9b) M. A. Bredig, ibid., 63, 978 (1959).

(20) L. E. Topol and R. A, Osteryoung,
573 (1961).

and G. M. Kelley, ibid.,

Electrorhem. For.,

(for which n = 2.0) as the most probable entity at
low bismuth concentrations.

In conjunction with the polarographic work
above, an e.m.f. study was performed on this
system. The potentiometric method has been
utilized with apparent success in the Cd-CdCl2
KC1,11 Li-LiCl,2 Pb-PbCV3 Ce-CeCU4% and
Sb-Sbl36 systems, and appropriate concentration
cells should yield more conclusive information as
to species in Bi-BiCI3 solutions at low bismuth
concentrations. In addition, the effect of changes
in acidity was investigated by the addition of A1C13
in one case, and KC1, in another, to the system.

Experimental

Materials.—The purification of most of the materials
used has been described elsewheresin Reagent grade
KOI was dried by heating at 600° under vacuum. Anhy-
drous AlCls was prepared by repeated sublimation of the
reagent grade saltin vacuo.

Apparatus and Procedure.—The cells and procedure em-
ployed in the bulk of this work were similar to those used ina
polarographic study..o However, the e.m.f. cells differed
from these in that they usually |ncorporated several reference
half-cells; the reference half-cells contained weighed amounts
of Bi and BiCls to give metal mole fractions of 0.0C25, 0.005

(11) S. Karpaehev and A. Stromberg, Zhur. Fiz. Khim., 13, 397
(1939).

(12) S. Karpaehev and E. Jordan, ibid., 14, 1495 (1940).

(13) S. Karpaehev, A. Stromberg and E. Jordan, ibid., 18, 43

(1944).
(14) S. Senderoff and G. W. Meliors, J. Electrochem. Soc., 105,
224 (1958); cl., however, H. R. Bronstein, A. S. Dworkin and M. A.

108, Bredig, J. Phys. Chem, 64, 1344 (1960).

(15) J. Corbett and F, C, Albers, J. Am. Chem Soc., 82, 533 (1960),
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Fig. 1.—Log Q vs. E results for cells of the type: Bi(N,),
BiCl||BiClL, Bi(Q).
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Fig. 2.—Effect of temperature on concentration of Bi where
departure from Henry’s law occurs.

and/or 0.010. The graphite electrode in the center com-
partment of these cells served not only to measure the po-
tential of the half-cell but also as the cathode in the constant-
current electrolysis which introduced bismuth coulometri-
cally into the compartment.

In experiments carried out to check the coulometric
procedure, especially where high concentrations of Bi were
studied, cells containing weighed amounts of Bi and BiCl;
were used. These cells consisted of several compartments,
each joined to a center one by means of an asbestos fiber.

Although the cell and procedure for the 70 mole 9, BiCl;—
30 mole % KCI mixture were similar to those above, some
changes were made with the 75% BiCl;~25%, AICl; cell.
Due to the volatility of AICl;, an evacuated, sealed, cell
which could be completely immersed in the bath was em-
ployed. To prevent pressure differentials in the cell which
would result in mass flow, the upper legs of the compart-
ments were connected and a platinum anode was substituted
for the tungsten. (Chlorine is not evolved at platinum
anodes at these temperatures.) All electrode lead wires
were insulated from the metal bath by means of glass tubes.

A Sargent Coulometric Source was used to increase the
concentration of the Bi metal species by the electrolytic
reduction of BiCl;. (The product of this reduction is un-
important in the analysis of the data, provided that the
passage of one faraday of electricity is equivalent to the
addition of !/; mole of bismuth metal to the center com-
partment.) After each electrolysis or temperature change,
the potentials between the reference half-cells and the center
compartment were read at various time intervals with a

L. E. Topoy, S. J. Yosim anD R. A. OSTERYOUNG
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Rubicon B potentiometer. It was found that equilibrium
was attained quite rapidly (within 15 minutes) with melts
dilute in bismuth an(f at the higher temperatures. How-
ever, as the concentration of metal increased, or as the tem-
perature decreased, as well as with KCI-BiCl;, longer
periods of time (as much as two hours) were required before
the e.m.f.’s became constant. Once a steady e.m.f. had
been attained, the cells were quite stable as indicated by the
potentials which were constant to =1 millivolt and re-
mained constant for periods of several days.

Results
Cells of the type
C, Bi(Ny), BiCly(1 — Ny)|[BiCly(1 — N,), Bi(N,), C (1)

where N denotes mole fraction, were run at 238,
270, 300, 325 and 350°. In addition, a cell con-
taining a 75 mole 9, BiCl;-259, AICl; melt was
studied at 270°, and another containing a 709,
BiCl;-309; KCl melt was run at 325°.

The e.m.f. vs. log @ (equivalents of electricity
passed) results of some typical experiments, cor-
rected for initial Bi concentration (see below), are
shown in Fig. 1. These cells, run at 238, 300 and
350°, contained 35.32, 33.25 and 37.21 g. of BiCl,
respectively, in the center compartments. The
plots for each temperature are very similar and
depict initially straight lines which undergo a large
change in slope at fairly low metal concentrations.
These concentrations of Bi metal, where the initial
slopes change, 7.e., where departure from Henry’s
law occurs, increased with temperature and with
the acidity of the system as shown in Fig. 2. The
initial slopes of the plots at all temperatures yielded
an apparent Nernst n (see below) of about 2;
lines drawn through the higher concentration points
yielded slopes that gave an apparent n of approxi-
mately 6 at all temperatures except 238° where an
n of about 8 was found. (However, as will be
shown below both apparent n’s are consistent with
the same species.)

It was noticed in virtually every case that the
first points, 7.¢., those at very low bismuth additions,
fell below the line of n = 2 slope. These results,
which suggest that the true concentration of Bi is
greater than that added coulometrically, are at-
tributed to the presence of lower-valent bismuth
species in the original BiCl; as was reported in the
polarographic study.® The original concentrations
of lower-valent bismuth species were determined
for each cell by measuring the polarographic
limiting current as a function of the concentration
of Bi metal and extrapolating to zero current.°
The extrapolations yielded @’s of 20-30 micro-
equivalents/35 g. BiCl;, corresponding to about
8 X 107° mole fraction of Bi. These corrections
for the original metal concentration not only
increased the concentration range where linearity
of the initial (n = 2) plots occurred, but they also
changed the slopes of these lines (Fig. 3) so that
the original average apparent Nernst n (derived
from the slopes) of 2.28 =+ 0.12 was decreased to
2.05 == 0.10. In several experiments the electrode
in the center compartment was made the anode at
first to oxidize the dissolved metal present to Bi+3.
In these cases, depending on the extent of electroly-
sis, the limiting currents (and thus the corrections,
were found to decrease or become negligible.

The validity of the coulometric procedure of in-
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troducing bismuth was checked in two ways.
First, the concentration of bismuth generated in
the center compartment was compared with that
of the reference compartment of known composi-
tion when the potential between the two com-
partments was zero; for most cases these com-
positions checked within a few per cent. of each
other. Second, the e.m.f.’s of half-cells, containing
accurately weighed amounts of Bi and BiCl,
were measured at various temperatures, and the
apparent Nernst n’s computed. These n values
for the appropriate concentration ranges were iden-
tical with those found by the coulometric procedure.
These results as well as the linearity of the polaro-
graphic limiting eurrent vs. Bi concentration plots!®
served to confirm the validity of the procedure.

Discussion
An interpretation of these results may be made
by consideration of the reactions (a) the solution
of Bi in BiCl; to form the species Bi,Cly
(3z — ¥)Bi + yBiCl; = 3Bi,Cl, 2)
where z and y are integers and y may also equal
zero, and (b) the electrode reaction in which Bi,*v
is oxidized to Bi+3
Bi.Cl, + (3z — y)Cl- = 2BiCl; + (3z — y)e~ (3)
For a reversible half-cell the e.m.f. is given by the
Nernst equation
_ w0 _ BT 4”Bich
&= X nF ln aBi:Cl, Ao~
Since the chloride ion activity is unity and the
Nernstn =3z — y

(4a)

_ __RT NZgicly“nicn
(3 —y)F " Npucy¥sicly

For any number of Bi metal species Bi,Cly;
the mole fraction N; of the ith species can be cal-
culated from the number of coulombs of electricity
passed. For low concentrations of Bi

VLG ek TV
Ni = “pictL (%)
where @; is the number of equivalents used to
generate species i, [BiCly]e denotes the initial
number of moles of BiCl; and the other symbols
have the same meaning as before.

Assuming Npici, and the activity coefficients
are essentially unity or constant and substituting
(5) into (4), one obtains for reaction 3

RT Qi/(3z: — 1)
Gz —wF ®° Bich,  ©
In the concentration range where one Bi,Cl,
predominates, .., where @; = Q(total)

= (L’,a:l—R—Tyl_)F In @ 4 constant (7
and a plot of E (measured against a reference
half-cell) »s. In @ at constant temperature should
yield a line, the slope of which is determined by the
species present, z.e., by (321 — y1).

Thus, if the cells studied are reversible and if
liquid junction and activity effects, <.e., departure
from Henry’s law, are negligible, the Nernst n = 2,
observed initially, indicates the species Bi,*®+ — 2
is present. In view of phase diagram results??
Bit (r = 1) appears to be the most reasonable

E=FE

(4b)

E=E%+

E
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Fig. 4.—Deviation of e.m.f. Oda.t',f;l. from Henry’s law at

species and is assumed to be the one present. In
the dilute solutions, where BiCl predominates,
the conditions for reversibility, etc., appear to
be met; this conclusion is substantiated both by
the polarographic results’® which indicate that the
electrode reactions are reversible in dilute melts
and by conductivity data!® which do not indicate
any electronic conductivity over the concentra-
tion range examined in this study.

The large change in slope in the e.m.f. vs. log Q
plots (Fig. 1) may be ascribed to a departure of
the system from Henry’s law behavior, and the de-
viations « are represented by

_ . Eidsal - Eexptl.
a = antilog —o3RT/2F (8)
where
2.3RT
Eigeal = Erer. — gF log N+ 9)
= Erot. — 2'gﬁT log gNm (from equation 2)  (9a)

(16) A. H. W. Aten, Z. physik. Chem., 68, 641 (1909).
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2.3RT
T2F
These o’s can be calculated as shown in Fig. 4
and correspond to activity coefficients based on the
infinitely dilute solution of Bit+ as the reference
state.

An interpretation of this non-ideal behavior is
that another low-valent Bi species exists, e.g.,
Bi,, BisCl;, BisClg, ete., which correspond to an n
of 6 or Bis+, Bi,Cl,, Bi;Cly, etc., which correspond
to an n of 8, and this species becomes predominant
as the bismuth metal concentration increases.
Other evidence supporting this view has been re-
ported in a spectroscopic’ study. Boston and
Smith" found that spectra in the visible range of
molten BiCl;, containing up to 6 mole %, Bi, indi-
cated two Bi species resulted from solution of the
metal. Furthermore, from their plot of the inte-
grated absorbancy vs. formal Bi concentration,
the concentrations of metal, where departure
from Beer’s law occurs, can be estimated. These
concentrations at 260 and 350° are approximately
0.0012 and 0.0032 mole fraction, respectively, in
qualitative agreement with the concentrations
where the E vs. log @ plots change their initial
slope (Fig. 2).

(17) C. R. Boston and G. P. Smith, Annual Progress Report, Metal-

lurgy Division, Oak Ridge National Laboratory, ORNL-2988, p. 9-16
(July, 1960).

= et — o g Naia  (9b)

Eexptl.
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In order to determine what species other than
BiCl may be present in Bi-BiCl; solutions, one
can examine the variation of , the deviation from
Henry’s law, with concentration of metal. If
these deviations are now attributed to another
equilibrium species and activity coefficients of
unity hold, then it is seen from equations 9b and
13a,b below that a may be considered the fraction
of Bi metal that reacts with BiCl; to form BiCl
and (1 — «) the fraction forming other species.
If it is also assumed that only one additional species
is present and that this species is a polymer Bi,Cl,,
then the shape of an « vs. log Np; plot for dilute
solutions should depend only on the species in-
volved, 7.e., on the reaction

zBiCl = Bi,Cl, (10)

(It can be shown that for dilute solutions the slope
of the a vs. log N curve is independent of Ng;
and K, and a change in K merely displaces the
curve along the log Np; axis.) Typical plots of
a vs. log Ng; for cells at 238, 300 and 350° are
shown in Fig. 5. A comparison between the ex-
perimental and theoretical curves for reaction
10 with z = 2, 3 and 4 (Fig. 6) suggests that
tetramer formation occurs in all the cells studied.
(The theoretical curves were formulated by as-
suming values of K and a series of concentrations of
one of the components for reaction 10; the con-
centration of the other entity then was calculated
and from these concentrations and relation 2,
the a’s were determined.) Unfortunately, the
theoretical plot for pentamer formation, which is
not included in Fig. 6, is difficult to distinguish
from that for the tetramer. However, as will
be seen below, the data appear to be more con-
sistent with tetramer species than with pentamers.
The apparent n = 6 slopes for the E vs. log Q data
that were found (instead of n = 8) are thought to
be due to the concentration range of Bi not being
large enough to give true limiting slopes, 7.e.,
these higher concentration points actually yield
curves and not straight lines. Measurements of
cells with higher concentrations of metal, 0.07 to
0.25 mole fraction, in an attempt to approach the
limiting slope will be discussed later.

If one assumes that BiCl and Bi,Cly are the pre-
dominant species present when bismuth dissolves
in its chloride, and ideal behavior exists, then the
equilibrium constant, K, for reaction 10 where z =
4 can be calculated. From the reactions

2Bi + BiCl; = 3BiCl (11)

and
8Bi 4 4BiCl; = 3Bi,Cl, (12)

one finds

neict = 3aa/2 (13a)
nBicy = 3(1 — a)a/8 (13b)

and
npicy, = b — a/2 (13c¢)

where n denotes moles, g (=Q/3) and b are the initial
number of moles of Bi and BiCl;, respectively, and
« is the fraction of Bi metal that forms BiCl
The equilibrium constant K in terms of mole
fraction is given by
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3(1 — «)a/8

_ Neicu _ _b —a(l — 92)/8
Ky Nigion 3aa/2 1 (14)

b —a(l — 9a)/8

_ 3(1 - a)(S—QNBi + gaNBi)a
B (12)4a*N%g; (15)

where
a
Np; = PR

The self-consistency in Ky for a tetramer as well
as a trimer and pentamer model, calculated in a
similar manner, is shown in Table I for a cell at
325°. The results, 7.e., the standard deviation in
Kxn being smallest for the tetramer and largest
for the trimer, are typical of virtually all the cells
studied and may be indicative that the tetramer

TaBLE I
TypicaL VariaTiION OF KN wiTH COMPOSITION FOR THE

REactiON 2BiCl = Bi,Cl,
KN at3250—— —
NBi X 10t z = z =4 =25
0.308 2.98 X 108 5.54 X 105 (10.97) X 107
.471 3.47 4.80 7.08
716 4.69 5.28 6.35
1.03 5.11 4.83 4.86
1.35 5.89 5.05 4.62
1.88 7.23 5.64 4.69
2.53 8.69 6.29 4.86
3.40 9.74 6.45 4.54
4.37 10.70 6.58 . 4.30
5.90 9.67 5.09 2.85
7.63 11.58 5.79 3.07
Av. EN:  (7.25 = 3.02) (5.57 =+ 0.64) (5.29 == 1.41)
X 108 X 105 X 107

species is the most probable. Furthermore, the
small, non-systematic variation in K with concen-
tration for each tetramer run suggests that devia-
tions from ideality are negligible or that the activity
coefficient ratio +vmicL/v*sic1 is approximately
constant over the composition range studied.
The effect of temperature on the equilibrium
constants for tetramer formation is depicted in
Fig. 7, and the relation for solutions of Bi in BiCls
can be expressed by

_ (449 % 0.54) X 10°
T°K

If Kn approximates the true equilibrium con-
stant, 7.e., if activity effects are negligible, values for
AHY, AF° and AS° for the hypothetical pure liquid
standard state are —20.5, —15.5 keal. and —8.7
e.u., respectively, for the tetramer reaction 10 at
300°. This entropy may be compared with the
value, —7.6 e.u., estimated from Latimer’s tables.®
It should be noted that Latimer’s tables are for
solids at 25°, whereas the value in this study is for
the hypothetical pure liquid, and so the agreement
in AS® may not be significant. However, heat of
fusion and heat capacity corrections for the liquids
at 300° may be small, and in this event the agree-
ment may be due to the system being close to ideal.

In Fig. 7 are also plotted the Ky’s, calculated in
the same way as above, for the BiCl;-KCl and Bi-
Cl;-AlCl; melts for concentrations of Bi up to

(18) W. M. Latimer, ‘“The Oxidation States of the Elements and

their Potentials in Aqueous Solutions,” Second Edition, Prentice—
Hall, Inc., New York, N. Y., 1952,

log Kx — 1.930 & 0.945 (16)
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Fig. 7.—Effect of temperature on equilibrium constant for
the reaction 4BiCl = BiCL.

0.050 and 0.017 mole fraction, respectively. If the
tetramer reaction 10 also occurs in these systems,
the ratio of Ky with the salt mixture to Ky with
BiCl; alone at the same temperature should give
a measure of the activity effects in the acid or base
system with respect to that in BiCl;, In Table
II are listed the average vmici/v*Bic1 ratios in
BiCl;-AICl; and BiCL-KCl to those in BiCl;
alone and also the solubilities of Bi (determined by
quenching) in moles of Bi per mole BiCl; in these
systems. The increased solubility and decreased
activity coefficient ratio in the BiCl—AICl; melt
indicate that although both the monomer and
tetramer subhalides are stabilized in the acid melt,
the monomer is stabilized to a much greater extent
than the tetramer; the converse holds for the basic
KCI-BiCl; melt. These results are in accord with
acid-base theory as Bit should be the least acid
(and therefore stabilized most in acid media),
Bi,** intermediate, and Bi*® the most acid bis-
muth species (as deduced from charge to radius
ratio) in these systems.

The behavior of concentrated Bi-BiCl; solutions
was examined with cells similar to those described
for the dilute melts except that the center com-
partment contained an initial known composition
of Bi instead of pure BiCl;. The results indicated
that the apparent Nernst n decreases from a value
of about 7 (close to the limiting n = 8) in the con-
centration range 7-10 mole 9, Bi to a value of ap-
proximately 2 in the 22259, range. These results
are in essential agreement with those of other in-
vestigators.!® This apparent decrease in n with
increasing Bi may be ascribed to concentration
as well as liquid junction and activity effects. If,
however, it is assumed that the chloride ion
transference number is unity, ¢.e., no liquid junc-
tion potential, the e.m.f. of a cell containing con-
centrated solutions is given by

RT N'sic1v'Bict N'’'Biciy’'Bics

N'"gic1v''Bict N'Bicwy'Bicts
(3/2)N’a’ N'"gic1s r
(3/2)N"a"" N'gip1,

(19) J. D. Corbett and R. A. Sallach, private communication.

E = 17)

1 (18)
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The Etfect of A1C13 ana KCl on the Acrtivity
Coefficients and Solubility of Biin B|C|3
Commgilgion’ }_( @'BG@ %l’%léjlglsllé):
mole % T,°C. X 10« /(BA3 mole BiCl»)

AlClIs (25.0)-
BiCl, (75.0) 270 0.18 0.096 1.4
KC1 (30.0)-
BiClj (70.0) 325 8 47" 0.07
Bids 270 2.1 1.0 .58
325 0.38 1.0 .82
“R = tbucdV bici- kAverage value for Bi concen-

trations up to 1.7 mole %.

i cAverage value for Bi concen-
trations up to 5.0 mole %.

where T = 7,Bici7,BiCi1V ,Bici7,BICL and E is
positive when N* (mole fraction of Bi metal)
is greater than N". Substituting for a'/a" =
(S-9N')N"/(8-QN")Nr from equation 15 assuming
<*<<lI, one finds

w RT, i/ - 9N1y /N '\'n - N"\* RT1 ~
E=8 In\s - 91V/\nN")\1l- N') + 2F nr
(19)

or
Emeatt. Rideal — hi F (20)

Now values for 7,BiCi«/7,Bici» for these melts can
be calculated from vapor pressure data4 and thus
the ratio 7'Bici/7"Bici can be obtained. The
results for some of the melts measured at 300° are

Tavie I

Activity Coefficient Ratios for BiCl in Concentrated

Solutions at 300°

N'B ATt P M (7"1y)Ba® (y7t")i
0.0935 0.1300 0.0051 o.002: 1.025 1.10
.0935 1587 .0081  .0035 1.046 1.17
.0935 2000 .0136  .0051 1.072 1.32
.0935 2540  .0195 .0068 1.097 1.54

W esley W. W endirandt and John L. Ber
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given in Table 11l and show reasonable values for
activity coefficient ratios.

Additional information as to species in this

system has been reported from the results of a
vapor pressure,4 a cryoscopy,9 and an X-rayd
study. Corbett,2l using the vapor pressures of
Cubicciotti, et al..« has shown that the data at 301
and 356° are consistent with the species BiiCb
up to a Bi mole fraction of 0.25. Although these
results agree with those of this investigation, the
results of the cryoscopy and X-ray studies do not.
X-Ray diffraction patterns of solid and molten
bismuth(l) chloroaluminate have been interpreted
'to indicate the trimer Bi3tS exists in this system.
The cryoscopic data suggested that the species
BhCh could account for the freezing point de-
pression of Bids by Bi over the entire liquidus,
i.e., to approximately 30 mole % Bi. However,
no measurements were made on melt compositions
below 0.1 mole % Bi, where BiCl is indicated to
predominate in the present investigation and,
furthermore, it is doubtful whether the cryoscopic
approach is accurate enough to enable one to dis-
tinguish between BiCl and BiZCI12in such a dilute
range. Calculations of freezing point depressions
for given concentrations of Bi on the basis of BiCl
and Bi4Cl4 mixtures, i.e., with equations 15 and
16 and the Raoult-van’'t Hoff relation, resulted in
AT values which were lower than the experiment-
ally measured ones, this difference increasing from
0.4 to 2.3° at Bi mole fractions of 0.04 and 0.08,
respectively. Although the e.m.f. data of this
study are consistent with the species BiCl and Bi4
Ch, undoubtedly some dimers and trimers as well
as Bi atoms also exist; in addition the possibility
of solvates should not be excluded. If the con-
centrations of these species could be calculated,
better agreement between the results of the two
methods would be obtained.

(20) H. A. Levy, M. A. Bredig, M. D. Danford and P. A. Agron,

J. Phys. Chem., 64, 1959 (1960).
(21) J. D. Corbett, ibid., 62, 1149 (1958).

THE THERMAL DEAQUATION OF SOME
AQUQPENTAMMINECOBALT(IIl) COMPLEXES1

By Wesley W. Wendlandt and John L. Bear

Department of Chemistry, Texas Technological College, Lubbock, Texas
Received February 27, 1961

The thermal deaquation of [Co(NHa):H.0]Xs type complexes, where X is CI", Br-, 1* and NOs-, was studied by the

techniques of DTA, TGA and other methods.

The kinetics of the deaquation reaction was found to obey a first-order
rate law, with g values ranging from 19 + 2 to 31 + 3 kcal.

The heats of deaquation, as determined by quantitative

DTA, were 6.1 and 7.8 kcal. mole.. for the chloride and bromide complexes, respectively. Dissociation pressure meas-
urements of the deaquation reaction showed it to be irreversible in the solid state.

Introduction

Theaquopentamminecobalt(l11) complexes, [Co-
(NH96H)]X 3 are unstable with respect to the
deaquation reaction
[CO(NHs)s(Hso )]Xs(s) — S

[Co(NH:s)EX](s) + Hs0(g) (1)

(1) Taken in part from the Ph.D. thesis of John L. Bear, Texas
Technological College, August, 1960.

both in the solid state and in solution.2-6 In the
solid state, the reaction takes place slowly at room
temperature but proceeds very rapidly at about
100°.

(2) W. Gibbs and F. A. Genth, Am. J. Set., [2] 23, 234 (1857).

(3) S. M. Jorgensen, Z. anorg. allgem. Chem., 17, 453 (1898).

(4) A. Werner, Ber., 44, 877 (1911).

(5) A. B. Lamb and J. W. Marden, J. Am. Chem. Soc., 33, 1873
(1911).

(6) R. Pers, Compt. rend., 153, 673 (1911).
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Mori and co-workers have recently determined
the thermodynamic functions of the thermal
deaquation reaction for [Co(NH38H2]C137 [Co-
(NH38H2D]Br38 and _[Co(NH3EH2D](N0338 Lo-
banov, et al,.9 studied the differential thermal
analysis (DTA) of the [Co(NH36H2D)](NO033
and [Co(NH3684D [SCfiBr complexes. A well de-
fined endothermic peak at 118-120° was found for
the deaquation reaction of the former complex
while a similar peak was found at 210° for the
latter complex. The enhanced thermal stability
of the sulfate-bromide complex is rather surprising
since [Co(NH36H2]Br8 is completely converted
to [Co(NH3JiBr]Br2 on heating at 100°.0 Ap-
parently, the sulfate ion exhibits a pronounced
anion effect.

Because the above studies were incomplete, as
far as a series of different anions is concerned, the
aquopentamminecobalt(l11l) chloride, bromide, io-
dide and nitrate complexes were studied by the
methods of thermogravimetric analysis (TGA) and
DTA. Also, the kinetics of the solid state thermal
deaquation reaction was determined.

Experimental

Reagents.—All of the chemicals used were of C.p.
quality except the CoCl.-6H.0, which was Reagent Grade.
Thermobalance—The automatic recording thermobal-
ance and its modification have been described previously.ii 123

Sample sizes ranged in weight from 50 to 100 mg. and were
run in duplicate or triplicate. The heating rate of the
furnace was approximately linear with time at about 5°
min.”1l An air atmosphere was maintained in the furnace
during the pyrolysis of the sample.

DTA Apparatus—The DTA apparatus consisted of a
furnace and sample holder similar to that previously de-
scribed s« and a strip-chart microvolt recorder..s The
differential temperatures were detected by Chromel-Alumel
thermocouples, placed in the center of the ceramic sample
chambers, which were 0.25 inch in diameter by 0.75 inch
in length. Sample sizes ranged in weight from 100 to
150mg. The reference material used was ignited a-alumina.
A furnace heating rate of about « ° per min. was employed
with an air atmosphere in contact with the sample during
the pyrolysis.

Heat of Deaquation.—The DTA apparatus employed
was similar to the above apparatus except that the dif-
ferential thermocouple output was amplified by a Beckman,
Model 14, breaker-type d.c. amplifier and recorded on the
vertical axis of a Moseley, Model 5S, X-Y recorder. The
furnace temperature, as detected by the reference chamber
thermocouple was recorded on the horizontal axis.

A “sandwich” type of sample packing was employed
which consisted of the following layers: 100 mg. of a-
alumina; 100 mg. of sample; and then 300 mg. of a-
alumina. Each layer was uniformly tamped into place
with a glass rod as the sample chamber was filled. The
reference chamber contained 500 mg. of a-alumina. A
furnace heating rate of 10 ° per min. was employed with an
air atmosphere in contactwith the sample during the pyroly-

The apparatus was calibrated by use of the metal salt
hjMrates:  (ufi(Y51 Im(, (':SO,-2114) and Itd .U, UZ>
using the procedure as prewously describeds The curve

(7) M. Mori, R. Tsuchiya and Y. Okano, Bull. Chem. Soc. Japan*
32, 1029 (1959).

(8) M. Mori and R. Tsuchiya, ibid., 33, 841 (1960).

(9) N. I. Lobanov, I. S. Rassonskaya and A. V. Ablov, Zhur.
Neorg. K him 3, 1355 (1958).

(10) S. M. Jorgensen, J. prakt. Chem., [2] 31, 50 (1885).

(11) W. W. Wendlandt, Anal. Chem., 30, 56 (1958).

(12) W. W. Wendlandt, ibid., 32, 848 (1960).

(13) W. Lodding and L. Hammel, Rev. Sci. Instr., 30, 885 (1959).

(14) W. Lodding and L. Hammel, Anal. Chem., 32, 657 (1960).

(15) W. W. Wendlandt, J. Chem. Educ., 37, 94 (1960).

(16) W. W. Wendlandt and T. D. George, J. Inorg. Nucl. Chem.,
in press.
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peaks were integrated by tracing the curves onto good
quality tracing paper, cutting out the peaks, and weighing
them on a semi-micro analytical balance. The calibration
factor was 8.250 cal. per 0.1 g. of paper. The areas of the
curves could be reproduced to within + : %.

Kinetic Studies.—The rates of deaquation of the [Co-
(N Hs)sH:0]Xs type complexes were determined by means

a modified Smith-Menzies isoteniscope apparatus. s
The isoteniscope was placed in an oil-bath, the temperature
of which was controlled to +0.1°. Sample sizes ranged
in weight from 25 to 50 mg., with a range in sample particle
sizes between 200 and 400 mesh. The pressure of the
system was measured either with a 0.1-10 mm. McLeod
gauge or a mercury manometer, depending on the pressure
range.

Dissociation Pressure Apparatus.—The dissociation pres-
sures of the [Co(NHs)sH:0]Xs type complexes were de-
termined by means of the apparatus previously described
by Mori and Tsuchiya:s The temperature of the sample
was controlled to *. .. ° with a thermostated stirred oil-
bath. Sample sizes ranged in weight from 50 to 100 mg.
The dissociation pressures were measured with a mercury
manometer and a cathetometer.

Preparation of Complexes.—The aquopentammineco-
balt(l1l) complexes were prepared as previously de-
scribed.1s-22

The complexes were studied by the various techniques
immediately after preparation and analysis since they are
unstable with respect to deaquation even at room tempera-
ture. The complexes were analyzed for anion content
(except the nitrate complex) by a argentimetric titration;
water content by weight-loss at :00-110° and cobalt
content by the eomplexometric titration method of Schlaefer

and Kling:> Results of the analyses were: [Co(NH35
H:0]CI13 Found: Co, 20.97; H.0, 6.92; CI, 38.50.
Theor.: Co, 21.95; HD,6.71; ClI, 39.20. [Co(NHs):H.0]-

Brs: Found: Co, 14.19; H.0, 4.49; Br, 59.10. Theor.:
Co, 14.68; H.0, 4.48; Br, 59.66. [Co(NHs)sH.0]13
Found: Co, 10.21; HZ not determined because of total
decomposition of the complex when heated; |, 6s.20.
Theor. Co, 10.85; I, 70.14. [Co(NHs)sH-0](N033
Found: Co, 15.16; H.0, 4.96. Theor. Co, 16.92; H:0,
5.17.

Experimental Results

TGA and DTA Studies.—The DTA curves for
the complexes are given in Figs. 1 and 2.

The weight-loss curves (TGA) showed that the
minimum deaquation temperatures for the com-
plexes varied somewhat with the anion. These
temperatures were 40, 50, 70 and 80, for the chlo-
ride, nitrate, iodide and bromide complexes, re-
spectively. Horizontal weight levels, or breaks in
the curves, were found in the 100 to 150° tempera-
ture range which corresponded to a curve compo-
sition for the monoanionic substituted complexes,
[Co(NH9sXIXs. However, the bromo- and iodo-
pentamminecobalt, complexes appeared to be less
stable than the other two complexes as evidenced
by the lack of a horizontal weight-level in this
temperature region. In the case of the former,
the halopentammine cobalt complex began to
decompose immediately after the deaquation
reaction.

(17) G. W. Thompson,
Vol. X A. Weissoerger, Ed.,
N. Y., 1949, p. 175.

(18) Mori and Tsuchiya, ref. 8.

(19) A. King, “Inorganic Preparations,”
New York, N. Y., 1936, pp. 103 and 106.

(20) H. Diehl. H. Clark and H. H. Willard, “
Vol. I, II. S. Booth, Ed., McGraw-Hill Book Co.,
1939, p. 186.

(21) F. Basolo and R. K. Murmann,
1V, J. C. Bailar, Ed.,, McGraw-Hill Book Co.,
1953, p. 174.

(22) H. L. Schlaefer and O. Kling, Z. anorg. allgem. chem., 302,
1 (1959).

“Physical Methods of Organic Chemistry,’”’
Interscience Publishers, Inc., New York,
D. Van Nostrand Co.,

Inorganic Syntheses,”
New York, N. Y.,

“Inorganic Syntheses,” Vol.
New York, N. Y.,
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Fig. 1—Differential thermal analysis curves of the
aquopentammine- and halopentamminecobalt(l11) com-
plexes: Curve A, [Co(NH:)sH.0]C13 B, [Co(NHs)sC1]C12
C, [Co(NH:)sH:0]Br3 and D, [Co(NHs)sBr]Br2

100 Z00 300 400

TEMPERATURE *C

Fig. 2—Differential thermal analysis curves of the aquo-
P entammine- and anionpentamminecobalt(l11) complexes.
Curve A, [Co(NH;)sto]éNoaa B, [Co(NH:)sN03(N032
C. [Co(NHs)sH:0]13 and D, [Co(NHs)s1]12

On further heating, the monoanionic substituted
complexes decomposed with the evolution of am-
monia, nitrogen and ammonium halide, along with
a subsequent oxidation reaction, to give the
C0304 oxide levels in the 190 to 690° temperature
region. The curve for [Co(NH368H2D]C13 had a
break at 350° which corresponded closely to the
composition for CoCl2 As was expected,ZB [Co-
(NH3)8HD](N 033 exploded at about 280-290°,
leaving a residue of Co3® 4which was less than cal-

(23) M. Fiillurd, Cnmpt. rend., 2 «, 2780 (1959).
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culated, perhaps due to the explosive violence of
the reaction. The monoanionic substituted com-
plexes were also studied by TGA and their curves
were similar to those found for aquopentammine-
cobalt complexes, after the deaquation reaction.

The DTA curves for the aguopentamminecobalt
complexes, in general, gave an endothermic peak
(or peaks) in the 100 to 125° temperature region
which was due to the deaquation reaction. This
was followed by additional endothermic peaks
(except for the nitrate complex) in the 175 to 250°
temperature range, which were caused by the de-
composition of the monoanionic substituted com-
plexes. Additional endothermic and exothermic
peaks were also observed which corresponded to
further decomposition and oxidation reactions.

Only one of the complexes, [Co(NFI35HD]C13
gave two endothermic peaks for the deaquation
reaction. It is tempting to postulate a two-step
reaction for the water loss; however, there is no
evidence for this from the TGA curve. From the
[Co(NH35HD]I3 curve, it can be seen that the
complex began to decompose before the deaquation
reaction was completed.

Fair agreement was observed between this work
and that previously reported9for [Co(NH35H2D]-
(N033 The curve shows an endothermic peak,
centered at 110°, followed by a large exothermic
peak at 195°; previously reported values were 118
and 215°, respectively. The vigorous exothermic
nature of the decomposition reaction can be seen
from the DTA curve.

Kinetic Studies of the Deaquation Reaction.—
The Kkinetics of the deaquation reaction, as shown
in equation 1, were evaluated by following the
pressure increase in the system, due to the libera-
tion of gaseous water, by means of an isoteniscope.
It was assumed that the number of moles of gaseous
water produced upon the completion of the reaction
is equal to the number of moles of reactant initially
present. Therefore, the final pressure, a, repre-
sented the number of moles of complex at the begin-
ning of the reaction, and x, the pressure after time
t, represented the number of moles of water pro-
duced up to time t. A plot of log a/(a — x) versus
t was made for each complex at three different
temperatures. A straight line was obtained for
each temperature indicating that all of the de-
aquation reactions followed a first-order rate law.
From the first-order rate constants obtained at
various temperatures, the activation energies were
calculated using the Arrhenius equation.

The first-order rate constants and the activation
energies for the complexes are given in Table 1.
It was not possible to study the deaquation of
[Co(NFI3BH1D]13 because of the secondary de-
composition of [Co(NH33]l2 The activation
energy obtained for [Co(NH3HHD)C13 was in
fair agreement with the 21.47 keal. value previously
reported by Mori, et al.z The results reported
here indicated a slight anion effect in that E* in-
increased in the order: chloride < bromide <
nitrate. However, the effect of particle size on the
rate of deaquation was not studied. Reproducible
results were obtained on different preparations
having roughly the same particle size range.
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Table |

First-order Rate Constants and Activation Energies

for the Aquopentamminecobalt(lll) Complexes
Temp., -log E*
Compound °C. k Order keal.
[Co(NH3)sH20]C1s 86 3.37 1 19+ 2
90 3.24
95 3.10
[Co(NH:)sH:0]1Brs 85 3.32 1 252
90 3.12
93.7 2.94
[Co(NH3)sH:0](N O3 82 3.77 1 31+ 3
85 3.60
88 3.45

Dissociation  Pressure  Measurements.—Al-
though Lamb and Marden5 concluded that the
transformation illustration in equation 1 was non-
reversible in the solid state, Mori, et al.,» assumed
that they obtained equilibrium dissociation pres-
sures for the chloride complex in the 21 to 48°
temperature range. They reported a dissociation
pressure of 2.15 mm. at 25° and fi.93 mm. at 48°.
Previous rough measurements5 yielded values of
approximately 5, 4 and 4 mm. for the chloride,
bromide and nitrate complexes, respectively, at 25°.

In this investigation, an attempt was made to
confirm the results of Mori, et al..» and establish
the reversibility of the reaction. For the [Co-
(NIDstLOICh complex, after 100 hr. at 28.0°,
a dissociation pressure of 28.0 mm. was obtained.
The temperature then was lowered to 25.0° and
after 500 hr. the pressure did not change from its
initial value. Similar results were obtained for
the bromide and nitrate complexes. Mori2 stated
that the system reached an equilibrium dissociation
pressure after about 12 hr. at any specific tempera-
ture. However, it is apparent from the above
results that the system is not reversible.

(24) M. Mori, private communication.
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Heat of Deaquation by DTA.—The AH of the
deaquation reaction was determined by the
method of quantitative DTA. This method is
based upon the premise that under certain experi-
mental conditions, the heat of reaction can be
evaluated by integration of the differential curve
peak of peaks. From the various theories on
quantitative DTA,2527 that of Speil, et al.,iS
states that the peak area is

peak area - 1J(t:_'2§aH =
1

where f\ and i2 are the time limits of the peak, .«
is the differential temperature, AH is the heat of
reaction involved in the chemical change, M is the
mass of reactive sample present, X is the thermal
conductivity of the sample, and g is a constant
dependent on the furnace and sample holder geom-
etry. To determine the above constants, the
apparatus was calibrated by studying reactions of
known thermal effects.

The heats of deaquation, at 108°, obtained by
use of the above method were 6.1 and 7.8 kcal.
mole-1 for [Co(NH3H1D]C13 and [CofNH36
H2D]Br8 respectively. Because of the many
variable factors involved, no great accuracy is
claimed for the above results. However, the values
obtained are probably indicative of the true heats
of deaquation.
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The fluorescence and phosphorescence of trifluoroacetone has been investigated at 2652, 2804, 3025, 3130 and 3341 A.
The effect of concentration and temperature on the yields of triplet and single-state emissions are comparable to those ob-

served for acetone.

The emissions from 2-butanone and 2-pentanone have been investigated briefly Both compounds phos-

phoresce very weakly and their fluorescence yields are nearly identical with those observed for acetone and trifluoroacetone.

Introduction

Recent studies34 on the fluorescence of hexa-
fluoroacetone have clearly shown that the emis-

(1) This research was supported in part by a grant from the U. S.
Public .Health Service, Department, of Health, Education, and Wel-
fare.

(2) National Academy of Sciences-National
Postdoctoral Research Associate 1959-1960.

(3) H. Okabe and E. W. R. Steacie, Can. J. Chem, 36, 137 (1958).

(4) G. Giacometti, H. Okabe and E. W. R. Steacie, Proc. Roy. Soc.
(London), A250, 287 (1959).

Research Council

sion from this compound differs considerably from
that reported for acetone.56 For instance, in the
case of hexafluoroacetone, emission was observed
from the upper singlet-state, and the yield was
strongly dependent on temperature and pressure.
In contrast with this behavior, the phosphorescence
of acetone may be quite strong, depending on

(5) For areview see: W. A. Noyes, Jr., G. B. Porter and J. E. Jolley,
Chem Revs,, 56, 49 (1956).
(6) J. Heicklen, J. Am. Chem Soc., 81, 3863 (1959).



1520

temperature and pressure, whereas the fluorescence
is independent of pressure and temperature.

Although the photochemistry of trifluoroacetone
has been investigated,78no information is available
in the literature on the emission of the excited
state of this compound.

Experimental

Trifluoroacetone was obtained from Merck and Company
and was purified by g.l.c. techniques. Acetone (Spectro-
grade), .-butanone and . -pentanone were obtained from
Eastman Kodak Company and were purified by distilling
on a spinning band column. No biacetyl could be detected
in the fractions used in this work. All compounds were
thoroughIY degassed and stored at —80°.

The cell was made of quartz and was T-shaped. It was
56 mm. in length and 28 mm. in diameter. The light source
was a Hanovia SH-type mercury lamp. A Bausch and Lomb
grating monochromator with a focal length of 250 mm. was
used. The widths of the exit and entrance slits were 0.5
mm. The emitted light passed through a Corning No. 3850
filter to a 1P28 photomultiplier tube. The phototube used
to measure the transmitted light was calibrated against a
thermopile at the NBS. The relative fluorescence yields
were obtained from an equation identical with the one used
in the studys of CFjJCOCF3 No correction has been ap-
plied to readings made at large absorbed intensities.

Results

The absorption of trifluoroacetone follows Beer's
law over the concentration range reported in this
work. The molar extinction coefficients, fc(l.
mole-1 cm.-1) measured at several wave lengths
are given in Table I. For comparison, the extinc-
tion coefficients of acetone and hexafluoroacetone3
are included in the same table. It can be seen
that the maxima of absorption for trifluoroacetone
lie between the maxima for acetone and hexafluoro-
acetone.

Tabte |

Molar Extinction Coefficients at 25°

Wave length,

a. CHICOCH1® CHiCOCF* CHiCOCF*
2537 7.7 3.2 1.4
2652 11.2 5.58 2.8
2804 12.4 8.15 5.6
2894 10.3 8.35
3025 6.32 6.55 8.1
3130 2.86 3.95 7.0
3341 < 0.1 0.61 2.6

In this paper the emission which is not inhibited
by oxygen is designated as fluorescence. The phos-
phorescence is thus the total emission minus the
fluorescence.

The numbers given in Tables II, IlIl and IV
represent relative emission yields. The absolute
emission yields are approximately 1/100 as large.

The values obtained at 3341 A. may be slightly in
error by a constant factor, because of the inac-
curacy of the low extinction coefficient measured
at this wave length.

Although no detailed analysis has been made of
the fluorescence and phosphorescence spectra of
trifluoroacetone, it may be pointed out that they
are both displaced to longer wave lengths as com-
pared to the emission spectra obtained for acetone
under identical conditions. The displacement is

(7) R. A. Sieger and J. G. Calvert, ibid., 76, 5197 (1954).
(8) R. M. Smith and J. G. Calvert, ibid., 78, 2345 (1956).
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Tabte Il

E ffect of Concentration on the Relative
Phosphorescence Yield of CF:COCHsat 30°¢
Concn,,

mole/1. 2652 2804 3025 3130 3341
X io» A A. A A A
9.78 1.61 fO.52) 1.83 1.80 1.58a .59 1.38
7.05 1.36 < .324) 1.83 1.96 1.67 1.47
5.05 1.05 ( .185) 1.64 2.06 1.79 C1.67) 1.60
3.62 0.755( .09) 1.385 2.06 1.88 1.62
2.59 .503 (.042) 0.77 1.98 1.92 (1.71) 1.70
1.85 .295 .545 1.85 1.95 171
1.325 .184 .318 1.70 192(1.73) 1.72
0.95 221 154 192

.68 1.23 1.88 (1.66)

.485 111 1.82

.348 0.96 1.71(1.59)

249 .81 1.66

178 .605 1.60 (1.47)

.091 1.40

a The values given in parentheses are the phosphorescence
yields of acetone.

Tabte 1

E ffect of Temperature on the Relative Phosphor-
escence Yields of CFsCOCHaso

Temp., °C. 2652 A 2804 A 3025 A 3130 A 3341 A
23 1.93 2.12 2.00 1.74 154
64 1.17 1.36 1.28 1.28 1.24
94 0.66 0.75 0.765 0.75 0.74

126 0.188 0.203 0.23 22

“ Concn. 9.8 X 10 s mole/1.
Table IV
T, 30°

Compound Phosphorescence Fluorescence
CHsCOCFs 1.92 0.217
CHsCOCHs 1.73 0.215
CHsCOC:H:s 0.12 0.230
CHsCOCaH, <0.02 0.215

comparable in magnitude to the shift between the
extinction curves of both compounds.
Fluorescence.—The fluorescence vyield of tri-
fluoroacetone (data not given) is, within experi-
mental error, independent of pressure (10 to 200
mm.), temperature (25 to 150°), and wave lengths

(2652 to 3130 A.). Also, the data given in Table
IV indicate that the fluorescence yields are sur-
prisingly similar for the compounds listed.

Phosphorescence. 1. The Effect of Concentra-
tion.—The results given in Table Il show that at
3341, 3130 and 3025 A. there is a slight increase in
the yield of phosphorescence with decrease in
concentration. At the low concentrations, how-
ever, there is a definite decrease in the yield with
decrease in concentration, the latter effect being
more pronounced at the shorter wave lengths.
The values given in]parentheses, which correspond
to the phosphorescence of acetone, indicate that
at 3130 A. the effect of pressure on the phosphor-
escence of acetone follows the same general trend.
At 2652 A. a decrease in concentration causes the
yield of phosphorescence to drop considerably
faster in the case of acetone as compared to tri-
fluoroacetone.

The phosphorescence yields measured under
identical conditions observed for 2-butanone and 2-
pentanone (Table 1V) are considerably lower than
those of acetone and trifluoroacetone.
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2. Effect of Temperature.—The phosphores-
cence yields decrease with increase in temperature at
all wave lengths. This effect seems to be of
comparable magnitude at the different wave
lengths. Plots of In Q as a function of 1/7' are
strongly curved, so that a constant activation
energy cannot be deduced. The higher tempera-
ture points correspond roughly to a temperature co-
efficient of 11-12 kcal.

Discussion
The results clearly indicate that the triplet
and singlet-state emission of acetone and trifluoro-
acetone at 3130 A. are nearly identical.9
The phosphorescence results thus can be tenta-
tively explained by a scheme similar to the one pro-
posed for acetone5

A+ hv —> Adl ()
Al - An8 ()
Ans —->D ®)
AnmB+ A —-> Ac3+ A (@)
A3 —>m A + hv (5)

(Anl = trifluoroacetone molecule in upper vibra-
tional level of excited singlet state, Ans = trifluoro-
acetone molecule in upper vibrational level of
triplet state, Ao3 = trifluoroacetone molecule in the
lowest vibration level of the triplet state, D =
dissociation products.)

Competition between steps 3 and 4 explains
the pressure effects at low concentrations and at
short wave lengths (Table 1I1). In order to
account for the quenching of the phosphorescence
with increase in pressure at the longer wave lengths,
step 6 and/or 7 must be included

Ao3+ A — » 2A (6)
A3+ A—>D + A @

An internal conversion step may have to be con-
sidered as well, although no definite evidence is
available for such a process.

The independence of the fluorescence yield as a
function of concentration and temperature is more
difficult to visualize. A sequence of processes such
as (8) and (9)

9) A singlet and triplet-state of trifluoroacetone lying below those

for acetone would explain the difference in magnitude of the concen-
tration effect at 2652 A. for both compounds. The shift of the ex-
tinction curves as well as of fluorescence and phosphorescence spectra
substantiates this view.
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Anl + A —> Aol+ A (8)
Aol — > A+ hv (9)

would lead to an effect of pressure on the fluores-
cence in view of the competition between steps 2
and 8 A resonance fluorescence might explain
the observed pressure independence.

Correlation between the Phosphorescence and
the Photolysis.—A correlation is rather difficult
because of the limited amount of data available
on the low-temperature photolysis of trifluoro-
acetone. In view of the comparable phosphores-
cence and fluorescence yields for acetone and
trifluoroacetone, we may, however, expect that
they undergo similar photochemical processes.

CHsCOCH: + hv— > CHXO + CH:  (I)
CF:COCH: + hv — > CFaCO + CHS  (Il)

The photochemical data do not reveal any evidence
for the formation of the acetyl radical in the pri-
mary process,6 which would lead to the conclusion
that initially the same bond is broken in both
compounds. In view of the instability of the
CF3O radical, the low CO vyield observed by
Sieger and Calvert7 a ttemperatures below 100°
does indicate that, as in the case of acetone, the
quantum vyield of decomposition is lower than
unity.

The much lower phosphorescence yields, in the
case of 2-butanone and 2-pentanone, may be due
to a shorter dissociative lifetime of the triplet
state Am3 which in turn may be related to the
cleavage of a weaker bond in the primary process

CHXOCH5+ hv — ~ CHXO + CH5 (I11)
CHXTOCH, + hv— = CHXO + CH, (IV)
CHXOCH6+ hv— s- CH3+ COCH5 (V)

Strong evidence in favor of 111 as compared to the
alternative mode of decomposition V has been
obtained in several recent investigations.101112
It should be pointed out, however, that a greater
probability of an internal conversion of the triplet
state to the singlet-ground state in 2-butanone
and 2-pentanone as compared to acetone should
explain the trends equally well.

(10) F. E. Blacet and J. N. Pitts, J. Am. Ckem. Soc., 72, 2810
(1950).
(11) G. R. Martin and H. C. Sutton, Trans. Faraday Soc., 48, 823

(1952).
(12) P. Ausloos and E. W. R. Steacie, Can. J. Chem., 33, 1062 (1955)
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KINETICS OF FORMATION AND GROWTH OF SILVER BROMIDE
PARTICLES1
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The kinetics of formation of aqueous sols of silver bromide has been investigated, using light scattering methods for the

determination of particle size as a function of time.

At sol concentrations in the range 5 X 10“3to 5 X 10-4 M, the sol
particles grow rapidly for about a minute, then continue to grow at a much smaller rate for 20 to 30 hours.
of growth rate on conditions of formation and variation of concentration was investigated.

The dependence
The particle size measured

immediately after mixing (30 seconds from start of addition) has only a slight dependence on temperature, amounting to

3.5% (by volume) per degree.

flocculation and slow Ostwald ripening.

Introduction

This work was carried out to investigate the
mechanism of formation of aqueous silver bromide
sols. In particular it was desired to learn the
relative importance of the processes of fast floc-
culation and Ostwald ripening, and the way in
which these processes depend upon concentration
of reactants and variables of the mixing process.
Light scattering methods were used to measure
particle diameters. These methods are particularly
advantageous for the present purpose in that they
permit continuous and non-destructive measure-
ments of size. Suitable scattering methods have
been shown to yield reliable results for silver bro-
mide sols, and are discussed in detail elsewhere.2

Experimental

Preparation of Sols.—Stock solutions of potassium bro-
mide and silver nitrate were prepared from reagent grade
chemicals dried 2 hours at 105°, dissolved in dust-free doubly
distilled water in polyethylene containers and stored in the
dark. The silver nitrate solution was standardized by
titration with the potassium bromide solution. The
standard preparation of sols was as follows. Under sub-
dued light 25 ml. of 1.100 X 10“2 M potassium bromide
(25°) in a 250-ml. polyethylene beaker was stirred at 900
r.p.m. using a centrally placed Pyrex rod with a one-inch
right angle arm placed within ¥t inch of the bottom of
the beaker. An equal volume of 1.000 X 10-2 m silver
nitrate (25°) was added by a pipet held almost vertical in a
fixture so that the tip was the height of the beaker lip and
the stream entered one inch from the center of the beaker.
The addition took 32 seconds and stirring was continued
40 to 50 seconds after delivery. Sols were stored in black-
ened bottles at 25°. The resulting suspension was 5 X 10~]
M in silver bromide, 5 X 10-3 M in potassium nitrate and
5 X 10~1 M in potassium bromide. Average particle
diameters in sols prepared in this w'ay were reproducible
within 4%. The effects of variations from the standard
procedure are reported in “Results.”

Light Scattering Measurements.—An Aminco light
scattering photometer was used to measure the intensity of
the vertically polarized component scattered at angles from
60 to 25°. Most measurements were made at 546 mg,
but for the most dilute sols 436 mg was used. Sols contain-
ing particles of diameter less than ca. 0.05 g exhibit Rayleigh
scattering, so measurement at a single angle (usually 40°)
was sufficient to determine the particle diameter. For
sols containing larger particles the angular scattering was
extrapolated to 0°. Transmission measurements were
made in a Beckman DU spectrophotometer with restricted
angle of view, using path lengths from 0.1 to 50 cm., de-
pending upon transmission. The details of measurements
and calculations of size have been described already.2

(1) Taken from the Ph.D. Thesis of Willard H. Beattie, October
1958.

(2) E. T Meehan and W. H. Beattie, J. Phys. Chem, 64, 1006
(1960).

On the other hand,the rate of the subsequent slow growth has a considerable dependence
on temperature, the heat of activation for slow' growth being 24 kcal. mole-1.

The results are interpreted in terms of fast

Conductance measurements were made at 25.0° using an
Industrial Instrument Co. conductivity cell with a Brown
recorder. The accuracy was about 1%. The measure-
ments were started within one minute after formation
of the sols.

Potentiometric measurements were used to determine
bromide ion concentration in the sols. A silver electrode
was coated with silver bromide by dipping it in concentrated
nitric acid containing a little hydrobromic acid, followed
by thorough washing. Potentials with different electrodes
were reproducible to 0.5 mv. Potentials were measured
against a saturated calomel electrode connected to the sol
through an agar bridge containing 0.01 M potassium nitrate.
(Use of the conventional concentrated salt bridge causes
partial flocculation in some sols.) The concentration of
bromide was obtained by comparing the potential with that
observed with solutions containing known concentrations
of potassium bromide in 0.005 M potassium nitrate, satu-
rated with silver bromide. A plot of e.m.f. vs. log[Br-] had
a slope of 0.059 * 0.003. A slow potential drift during
measurement (due to unstable salt bridge potential) was
reduced to less than 1 mv. by letting the electrode stand
before measurement in a solution with bromide concentra-
tion similar to that to be measured. The accuracy of the
determination of concentration was estimated at about 5%.

In a few instances bromide concentration in sols was de-
termined by titration with 0.002 M silver nitrate to the
clear point.

Dye adsorption measurements were made using wool
violet 5BN, the adsorption of which has been used as a
measure of relative specific surface in silver bromide sols.34
Upon the addition of 5 ml. of solution containing 121 mg.
dye per liter to an equal volume of sol, particle growth
ceased. After 20 minutes of shaking to attain adsorption
equilibrium one ml. of 0.33 M calcium nitrate was added to
flocculate the sol, the mixture was centrifuged for 10 minutes,
and the concentration of unadsorbed dye was determined
spectrophotometrically at 550 mg.

Results
The conductivity of sols prepared in the standard
manner was practically constant one minute after
mixing. A slight increase in conductivity, not
much larger than the 1% accuracy of measurement,
occurred during the next 30 minutes. The final
conductivity corresponded to the potassium nitrate
and bromide in the sol.
Potentiometric measurements of bromide con-
centration in a standard sol gave the results (equi-
librium value, 5.0 X 10-4 M)

time after mixing 1.5 min. 15 min. 38 hours
[Br-1 x H4 4.1 4.4 4.7

Similar results were found when the silver nitrate
was added in 2 seconds instead of over 32 seconds.
Within the accuracy of the conductivity meas-
(3) 1. M. Kolthoff and A. S. O'Brien, J. Am. Chem. Soc., 61, 3409
(1939).
(4) 1. M. Kolthoff and R. C. Bowers, ibid., 76, 1503 (1954).
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urements, the increase in conductivity agreed
with the increase in bromide concentration. (A
decrease in bromide concentration below the
equilibrium value has been noted previously,”
but the optical data were unsuitable for determi-
nation of particle size.) Upon titration of bromide
with silver nitrate, practically the theoretical
value was found both in few-minute and one-day
old sols.

Particle Diameters. Effect of Concentration of
Sols.—Variation of diameter with time in the
standard sol is shown by curve 1 in Fig. 1A and
IB. There was a rapid initial increase in diameter,
subsequently a prolonged period of much slower
growth. Even after 24 hours the diameter was
increasing slowly, but the growth rate became
practically zero after about 36 hours (not shown
in Fig. IB). Several sols were made with identical
conditions of mixing, but with concentrations of
silver bromide equal to 5 X 10~4 5 X 10~6and
5 X 10~6ikf, each being 5 X 10_4 M in potassium
bromide. Results are shown in Fig. 1A and IB
(curves 2, 3 and 4). The limiting particle size was
a minimum at a sol concentration around 5 X
10~AM.

Effect of Mixing Variables—The particle di-
ameter was unaffected by variation of stirring
speed during mixing in the range 600-1000 r.p.m.
Reduction of speed to 300 r.p.m. caused an increase
of 20% in the initial diameter, but the diameter-
time curve was parallel to that observed at higher
speeds. Continued stirring (1100 r.p.m.) after
addition of silver nitrate caused an increase in
diameter of only 0.7, 1 or 2% after 1, 4 or 75
hours of stirring, respectively, compared to an
unstirred sol. Violent shaking (900 two-inch
strikes per min.) for 2 or 4 hours caused an increase
of diameter of 7 or 16%. After 16 hours of shaking
the sol had flocculated. The particle diameter
was unaffected when the time of addition of silver
nitrate was varied from 24 to 65 seconds; slower
or faster addition gave larger particles. Increase
in concentration of silver nitrate solution (same
total amount added) caused an increase in initial
particle size, but did not otherwise affect the
diameter-time curve. A few experiments in which
potassium bromide was added to silver nitrate
showed that much larger particles were produced
than in the standard method; however, the effect
practically disappeared when the bromide was
added rapidly (within 2 seconds).

Surface Area—Figure 2, curve 1, shows the
variation with time up to 200 min. of specific
surface of a standard sol, expressed as cm.2per ml.
sol, calculated from light scattering diameters,
assuming a monodisperse distribution. Curve 2
gives the relative specific surface derived from the
adsorption of wool violet. The right-hand ordinate
gives the experimental value of mg. dye per g.
silver bromide. The adsorption area for wool
violet was obtained by comparing the dye adsorp-
tion with the light scattering diameter of a 42-
hour sol, assuming that particles of this age are
smooth spheres of uniform size. On this basis the

(5) G. H. Jonker, H. R. Kruyt and L. S. Ornstein, Proc. Acad. Set..
Amsterdam, 42, 454 (1939).
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Fig. 1A.—Particle diameter vs. time in 5 X 10~421/ IvBr
with silver bromide concentrations equal to: curve 1,
5 X 10~3mM; curve 2,5 X 10~4M; curve 3, 5 X 10“5M™m ;
curve 4,5 X 10“6Mm.

TIVE ( hours ).
Fig. IB.—Same as Fig. 1A for longer period of time.

adsorption area per wool violet molecule is 74 A.2
A somewhat better estimate, allowing for the dis-
tribution of particle sizes, which can be derived
by turbidity measurements at two wave lengths,2
yields an adsorption area of 90 A.2 per molecule.
The relatively larger specific surface from dye
adsorption at short times (Fig. 2) undoubtedly is
due to roughness of surface of the fresh particles.

Dilution Effects, (a) Stable Dialyzed Sol.—
Portions of a dialyzed sol similar to one previously
described,2 with an average particle diameter of
0.17 n, were diluted 500-fold with water and with
10~3M potassium bromide. No detectable change
in scattering at 40°, 546 m”, occurred in three
hours in either portion. The specific turbidity
(546 i) of the dialyzed sol upon dilution with
water was measured in cells of the appropriate
length with the results given in Table I. The
specific turbidity is independent of concentration
in the range studied, showing that dialyzed sol
may be diluted without measurable effect on
particle size and that extrapolation to infinite di-
lution is unnecessary for silver bromide sols for
concentrations less than 5 X 10 M and diameter
less than ca. 0.2 /x

(b).—A two-day old standard (undialyzed) sol
was diluted 250-fold with water or potassium bro-
mide solutions. The bromide concentrations after
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TIME AFTER DILUTION (minutes).

Fig. 3.—Absorbance (50 cm. cell, 450 m;i) after dilution
of a two day-old sol. Concentration in diluted sol: curve 1,
2 X 10-8 M KBr; curve 2, 1.2 X 10-6 M KBr; curve 3,
10~4m KBr; curve 4, 10-3 m KBr; curve 5 0.017 m
KBr; curve 6,2 X 10-“mMm KBr and 10-3 M KNO:s.

Tabte |

Specific Turbidity of Stable Dialyzed Sol
t = turbidity; ¢ = concn. in g./ml.; for details see ref. 2.

(r/c) x 10*
Cell thickness, cm 0.1 1 10
Undiluted 1.29 +0.02
6-fold dilution 1.26 + 0.03 1.26 +0.01

60-fold dilution 1.24 + 0.02 1.27+ 0.01

dilution are given in the legend of Fig. 3. The
effect of change in refractive index ratio was
negligible. The turbidity was measured (450
mu, 50 cm. path length) for 20 min. after dilution.
A relatively rapid increase in turbidity, correspond-
ing to particle growth, occurred upon dilution with
ewater. Practically no change occurred upon
dilution with 0.001 M potassium bromide. This
is in accordance with previous observations on the
rate of increase in turbidity of silver bromide
sols.67 Apparently growth rate was slightly
increased by dilution with 0.001 M potassium
nitrate (curve 6) as compared to water (curve
1). Upon dilution with water containing gelatine,
the growth rate was nearly zero at 0.04 and 0.004%

(6) K. Jablczynski, Bull. 80c. chim. France, 33, 1392 (1923).
(7) M. Schneller, Kolloid Z.y71, 180 (1935).
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gelatine. With 0.0004% gelatine, the growth
rate was about that of curve 3, Fig. 3. Remark-
ably, however, the turbidity immediately after
dilution was 20 to 40% greater than the initial
value after dilutions made without gelatine.

(c) Dilution of a 10-Minute Old Sol.—In these

experiments the diameters were obtained both from
dissymmetry and specific forward scattering, which
gave results in good agreement. The diameters
observed during 800 min. after dilution are shown
in Fig. 4. As with the aged sol, the slowest growth
occurred in ca. 0.001 M potassium bromide, but in
none of the solutions tested was the growth rate
equal to zero. Curve 6 corresponds to an un-
diluted sol (cf. Fig. 1A, curve 1). Apparently
an abrupt increase in size occurred upon dilution
(vide infra). No concentration of gelatine was
found that would stabilize a 10-minute old sol.

The abrupt increase of size referred to above was
investigated in detail for dilution with 0.001 M
potassium bromide. Sols of various ages were
diluted by various amounts and the angular scat-
tering was measured immediately before and after
dilution. Diameters before and after were cal-
culated by extrapolation of the forward scattering
to the time of dilution. Table Il gives the %
increase in diameter.8

Table |l

% Increase in Diameter upon Dilution with 0.001 ™
Potassium Bromide
—% Increase---------

Dilu- Age of 10 79
tion sol: min. min. 2 hr. 6.2hr. 30 hr. 42hr.

10-fold 7 10 1.5

25-fold 13 5.5 0 0

50-fold |
100-fold 17 1.5
250-fold 0.5
500-fold 23

Effect of Other Electrolytes.—Various elec-
trolytes were added either to the potassium bromide
solution before addition of silver nitrate or to the
silver bromide sol. Results are shown in Fig. 5.
Only the initial diameter was affected by the elec-
trolyte; the diameter vs. time curves were eventu-
ally about parallel.

Temperature.— (a) Sols were made by the stand-
ard procedure except that the temperature of
the solutions upon mixing ranged from 7 to 48°.
The scattering (546 mn) at angle of 40° was meas-
ured for several minutes and extrapolated to 32
seconds, the time at which mixing was complete.
Over this temperature range the 32-second di-
ameter (d in n) is related to temperature (T°) by
the equation: d = 0.020 + 3.0 X 10-4 T.

(b) A standard sol 37 minutes old was divided
into portions which were placed in thermostats

8) The increase in specific turbidity or specific scattering upon

dilution could easily be misinterpreted as due to increase in coherent
scattering. According to D. Sinclair, “Handbook of Aersols,” U. S.
Atomic Energy Commission, Wash., D. C., 1950, Chapt. 7, independent
scattering occurs when the particle separation is 10 to 100 times the
particle radius. In standard sols, this distance is 30 times the particle
radius, independent of radius and therefore of age of sol. Hence, non-
independent scattering is inconsistent with the results of Table I, and
the effect is a real increase in size upon dilution, most pronounced in
fresh sols.
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at temperatures from 20 to 53°. The turbidity
derived from absorbance (1 cm. cell, 546 him),
is shown in Fig. 6. The particle sizes were small
enough so that Rayleigh scattering occurred,
hence the absorbance A, equal to r/2.3, was pro-
portional to weight average particle volume. The
heat of activation for growth, calculated from the
slope of log dA/dt vs. T~x (t = time, T = absolute
temperature) is 24 kcal. mole-1.

Discussion
The principal results may be summarized as
follows. No supersaturation exists in the standard

sol one minute after mixing. The particles grow
rapidly for 1 to 2 minutes up to a diameter of
about 0.03 n, then continue to grow at a much lower
rate. The initial (1-2 minute) size is increased by
(a) decrease in stirring speed during addition, (b)
either relatively very rapid or slow addition of
silver nitrate, (c) increased concentration in the
solution of silver nitrate added (same total amount
added), (d) presence of small amounts of AI(III)
or Ba(ll) during mixing and (e) increase of tem-
perature at which mixing occurs. The growth
rate after 2 minutes is not affected by any of the
variables (a) to (e), but it is increased by (f) in-
crease of temperature during growth period, and
(g9) prolonged stirring (relatively small effect) or
violent shaking.

Growth Mechanisms.—Two mechanisms exist
for increase in particle size. In one, particles
grow by ionic or molecular accretion from super-
saturated solution. This may occur also when the
solution is supersaturated and unsaturated with
respect to large and small particles, respectively,
giving rise to Ostwald ripening. In the other mech-
anism, particles grow by coalescence, which in
turn may be fast (every collision results in coales-
cence) or slow. According to von Smoluchowski’s
theory of fast flocculation,9 the temperature de-
pendence of the rate in aqueous suspensions should
increase about 2.5% per degree, due to the change
in viscosity. Fast flocculation ceases when the
potential energy barrier at the particle surface
exceeds kT. Verwey and OverbeekI calculated
that the energy barrier depends on size and charge
of particle, and the surrounding electrolyte. Jonker
and Kruytll calculated that the barrier is roughly
proportional to the radius. For this reason fast
flocculation ceases when the particles reach a
critical size.

Ostwald ripening amounts to transfer of ma-
terial from smaller to larger particles by way of
the solution. Since the dissolution process in-
volves ion hydration, the activation energy for
Ostwald ripening is equal to or larger than the
heat of solution for large particles.

If the initial deficiency of bromide ion (c/.
potentiometric measurements) is due to occlusion
of potassium bromide, subsequently released during
recrystallization (Ostwald ripening), an approxi-

(9) See H. R. Kruyt, “Colloid Science,” Elsevier Press, New York,
N. Y., 1952, Vol. 1, Chap. 7.

(10) E. J. W. Verwey and J. Th. Overbeek, “Theory of Stability of
Lyophobic Colloids,” Elsevier Press. New York, N. Y., 1948, Chap. 12.

(11) G. H. Jonker and H. R. Kruyt, Disc. Faraday Soc., 18, 170
(1954).
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Fig. 4.—Diameter after dilution at 10 minutes; concen-
tration of diluted sol: curve 1, 10~-6 M KBr; curve 2, 10~6

M KBr; curve 3, 10-4 M KBr; curve 4, 10-3 M KBr;
curve 5, 0.01 m KBr; curve 6 represents an undiluted sol.

mate rate of release of bromide to the solution can
be calculated as follows. Assume rii particles each
of volume vt are present initially, and these re-
crystallize into n2 particles each of volume r2
This is equivalent to the complete dissolution of
(«i - n? particles, and to the transfer by recrystal-
lization of the total volume n2% — id). The con-
ductivity data showed that no measurable super-
saturation existed one minute after mixing. Hence
riMi = n2Z2 and the fraction of the total volume
which recrystallized is (1 — id/r). On the other
hand, if the deficiency of bromide is due to adsorp-
tion on the surface, the increase of bromide concen-
tration with time can be calculated directly from
the change in diameter (Fig. 1A). The results
agree with the assumption that the bromide de-
ficiency is due mainly to adsorption, and this is
substantiated by the results of direct titration of
bromide.

Assuming the Ag+Br~ distance on the surface
is 2.89 A., as it isin the cubic crystal, the maximum
adsorption of bromide ions is 6.0 X 10Xions-cm.-2.
In a standard sol at 1.5 minutes, the light scattering
diameter corresponds to a specific surface of 294
cm.2 per ml. of sol, and the observed bromide
deficiency (0.9 X 10-4) corresponds to 1.8 X 104
ions per cm.2 or 31% of the available sites. Using
the specific surface at 1.5 minutes from dye ad-
sorption (Fig. 2), the adsorption corresponds to
22% of the available sites. Because of the probable
roughness of the surface of fresh particles already
referred to, the dye adsorption may give a more
reliable estimate of % occupancy than the value
calculated from diameter. Also, it is possible
that the occupancy may be somewhat less than
22%, if the bulky dye molecule does not fill all
small cavities.

The value in a fresh sol is much larger than in
aged sols. Davies and Hollidayl2 measured the
immobile part of the surface charge in well aged
silver bromide sols by electrophoresis. Their
data in 5 X 10~4 M potassium bromide cor-
responded to adsorption at only 0.7% of the avail-
able sites, in agreement with calculations by
Grimley13 based on conductivity measurements in

(12) K. N. Davies and A. K. Holliday, Trans. Faraday Soc., 48,
1061, 1066 (1957).

(13) T. B. Grimley, Proc. Roy. Soc. {London), A201, 40 (1950):
‘‘Fundamental Mechanisms of Photographic Sensitivity,” edited by
J. W. Mitchell, Butterworths, London, 1951, p=46.
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Fig. 5.—Effect of electrolytes on particle diameter.
Concentration of added electrolyte: curve 1, none added
(0), 0.01 M KNOa (O0), 0.01 m HNO3(V), 9 X 10-6 ™
Ba(N032 (A), or 7 X 10-6 M AL1(N033 (<); curves 2A,
B, C, 48 X 10-4 m Ba(N032 added at different times;
curve 3, 1.8 X 10-6 m A1(NO33

Fig. 6.—Change of absorbance at various temperatures
of sol prepared and kept at 25° for 37 minutes: curve 1,
53°; curve 2, 40°; curve 3, 30°; curved, 25°; curve 5, 20°.

the solid. Also Basinski¥ calculated the amount
of adsorbed bromide in dialyzed sols from the dif-
ference between concentration of hydrogen ion
and bromide ion. Particle size was estimated
ultramicroscopically. In the presence of 1.2 X
10-5 M bromide, the adsorption corresponded
to 0.5% of the available sites. Apparently, fresh
sols adsorb about 50 times as much bromide per
unit surface as do aged sols.

Considering next the process during the period
of slow growth, the observed activation energy of
ca. 24 kcal. mole-1 is somewhat larger than the heat
of solution for large particles, 20.1 kcal. mole-1.5
This is consistent with Ostwald ripening, but is
far too large for a flocculation process. Also, this
interpretation agrees with the effects of solvents
and non-solvents on growth rate® and with the
present observation that the rate of slow growth
is hardly affected by continued stirring.

The effect of [Br-] on the rate of slow growth
(Fig. 3) undoubtedly involves at least two factors.
The minimum rate at about 10-3 M Br- corre-
sponds roughly to the minimum solubility of silver
bromide. Upon increase from 10-3 to 10-2 M
Br-, the growth rate increases about 10-fold, which
is presumably explicable as due to increased solu-

(14) A. Basinski, Rec. trav. chim., 59, 331 (1940).

(15) B. B. Owen and S. R. Brinkley, Jr., 3. Am. Chem. S o c 60,
2233 (1938).

(16) S. E. Sheppard and R. H. Lambert, Colloid Symposium Mono-
graph, 4, 281 (1926).
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bility (AgBr2). Below 10-3 M Br- the growth
rate is obviously not proportional to the solubility,
but apparently depends upon the Ag+-Br- ratio.
This is consistent with observations of Davies
and JonesI’ on growth of silver chloride.

Fast Growth.—The mechanism of fast growth
in silver bromide sols is largely a process of coales-
cence. The temperature dependence of the size
at 32 seconds corresponds to about 3.5% (in vol-
ume) per degree, which is in fair agreement with
the theoretical value of about 2.5%.

Variables Affecting Growth.—A qualitative ex-
planation of the effect of mixing variables is as
follows. Consider a stream of silver nitrate enter-
ing a solution of potassium bromide. At the inter-
face where the solutions meet, the ion product is
107 to 10s times the solubility product. Rapid
nucleation must occur at this interface. A short
distance into the solution, some mixing will have
occurred. Going across the boundary of the
stream, bromide ion concentration goes from 10-2
M to 0, and silver ion concentration from 0 to 10-2
M. Near the center of the boundary is a position
where silver and bromide ion concentrations are
equivalent and most of the silver bromide must be
formed at this position where neither ion is deficient.

As mentioned previously, particles will coalesce
until the potential is high enough that particles
repel each other.1011 The minimum radius neces-
sary for stability is usually of the order 10-6 cm.
If the particles have low charge, the size attained
before repulsion dominates is increased. During
mixing the surface charge depends upon the
relative concentrations of silver and bromide.
Particles located near the region corresponding to
the isoelectric point will continue to coalesce until
they are moved away from that location. Since
most of the silver bromide is formed where the con-
centrations of silver and bromide ions are equiva-
lent, and this is near the isoelectric point, the
amount of coalescence is markedly dependent upon
the time a particle spends in the neighborhood where
it was formed. This means rapid stirring decreases
the extent of coalescence, because it moves the
particles to an area of excess either of bromide or
of silver, before they have much time to grow.
As stirring speed is increased fewer large particles
are formed. If particles are moved into a region
with excess of bromide faster than they can coalesce,
further increase in speed has no effect. This kind
of dependence of size upon stirring was found.

When a sol is made by adding a small volume of
concentrated silver nitrate to a large volume of
dilute potassium bromide, the particles are ex-
pected to be larger than those in sols made by
mixing equal volumes, because the isoelectric point
and equivalence point are located physically closer
together than when mixing solutions of equivalent
concentrations. This effect also was observed.

When silver bromide sols are made with the
order of addition reversed (i.e., potassium bromide
added to silver nitrate) the entire sol must pass
through the isoelectric point. This would be ex-
pected to result in the formation of a sol with ex-

(17)
(1949).

C. W. Davies and A. L. Jones, Disc. Faraday Soc., 5, 103



Sept., 1961

tremely large particles, as found. However, when
addition is completed in 1-2 seconds, the order of
addition has only a small effect upon particle size.
This must mean that the rate of addition was com-
parable to the rate of coalescence.

When flocculating electrolytes such as barium
nitrate or aluminum nitrate are added to the
potassium bromide solution before the addition
of silver nitrate, coalescence would be expected
to continue until the particles formed were larger
than those formed in absence of flocculating elec-
trolyte, as observed. When the identical concen-
tration of flocculating electrolyte was added after
the sol was made (Fig. 5), particles quickly grew
to a size which was larger, the older the sol at the
time of addition. This could be caused by the
desorption of bromide, allowing greater coalescence
because the potential energy barrier was lowered.

The abrupt increase in particle size upon dilu-
tion of a sol has not been reported previously.
The fact that it depends markedly upon age indi-
cates that it may be related to the degree of per-
fection of the particle. The electrical double
layer around fresh particles easily may be disturbed
by a change in surrounding electrolyte, so as to
reduce the repulsion between particles, and allow
coalescence during the time of the disturbance.
This would lead to greater coalescence, the greater
the dilution, as observed. Dilution with gelatin
solution leads to a greater increase in particle size
than dilution without gelatin. Gelatin possibly
creates a greater disturbance of the electrical
double layer than electrolytes.

The rate of particle growth depends upon the
concentration of the sol (Figs. 1A and IB). The
growth of particles in a5 X 10-6 M sol was most
rapid about 2 hours after mixing. The particles
grew to a relatively large maximum size. Ina 5 X
10~5M sol the period of fastest growth was about
40 minutes after mixing. In a 5 X 10~4 M sol,
the particles grew most rapidly 1 to 2 minutes after
mixing. The final size was a minimum at this sol
concentration. In the standard 5 X JO-3 M sal,
the large increase in turbidity during the last

THE
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qguarter of the mixing process shows that the growth
was most rapid during the mixing process.

Thus, in the range 5 X 10~3to 5 X 10~6M, the
period of fastest growth comes at a later time, the
more dilute the suspension. The final size de-
creases with increasing concentration, then in-
creases again The total growth pattern may be
interpreted as a competition between the coales-
cence and Ostwald ripening. Ostwald ripening
continues during both the fast and slow growth
processes. During the fast growth period, fast
flocculation also occurs. The rate of fast floccula-
tion is proportional to the concentration of silver
bromide. Therefore, in dilute sols, a fair amount
of aging may occur before coalescence occurs.
Particles have time to desorb some bromide,
which increases the probability of coalescence by
slow flocculation. As a result, coalescence con-
tinues for a longer time, the more dilute the sol,
and the particles formed are larger due to forma-
tion from larger primary particles, the more dilute
the sol. The rate of Ostwald ripening after coales-
cence has ended is slower, the more dilute the sol.

Finally, from all the above it is evident that
precipitation reactions can be expected to yield
reproducible particle size generally in two cases:
(@) the rate of mixing is much greater than the
rate of nucléation, resulting in a quasi-“homoge-
neous” precipitation, or (b) the rate of nucléation
is much greater than the rate of addition of reagent,
resulting in nucléation in the neighborhood of
intermixing. If either rate of addition or mixing
is comparable to rate of nucléation, small experi-
mental variations may be expected to have a large
effect on particle size. This appears to be the usual
situation in precipitations of analytical interest.
The lower the solubility, the easier it should
be to approach case (b). Even though the rate
of nucléation may not be relatively very great,
it is still possible to attain reproducible resuits with
well-controlled mixing methods, as attested by the
fact that the standard procedure of this paper gives
diameters reproducible within 4%.

INFRARED SPECTRA OF MARGINALLY METALLIC SYSTEMS:
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The sodium-ammonia solution system permits investigation of an array of compositions spanning the transition from non-

metallic to metallic bonding.
NH3per Na.
which is assigned to the solvated Na2species.

Reflection spectra in the range 1-20 y were measured for solutions of mole ratio 5.5 to 168
The dilute solutions show peaks characteristic of the vibrations of ammonia and a strong peak near 1.5y
Concentrated solutions show high reflectivity over broad wave length ranges.

The results for nearly saturated solutions are fitted reasonably by the free electron model, but in the range of mole ratio 10-
15 a complex array of energy absorption processes of finite frequencies are required to fit the spectra.

Introduction

While the nature of the transition from ionic to
covalent bonding is now well understood, much
less is known concerning the transition from metallic
bonding to either sort of non-metallic bonding.

There are not too many series of compounds or
solution systems where the non-metallic to metallic
transition can be observed, but several are
now known. Solutions of metals in liquid am-
monia constitute one of the most familiar and
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convenient systems for such a study. In this
paper we report reflection spectra for sodium
solutions in liquid ammonia at concentrations
spanning the transition from metal to non-metal,
and discuss these and other data with respect to
the nature of the electronic binding. Solutions of
sodium metal in liquid ammonia offer a contin-
uously variable composition from the very dilute
to the saturated state above the critical tempera-
ture —41°. Phase separation occurs below this
temperature. The conductance measurements of
Krausldemonstrate very well that these solutions
range in their properties from those of a rather
strong electrolyte (very dilute solutions) to those
of a liquid metal (concentrated solutions).

Experimental Method and Procedure

Transmission measurements have been performed on the
very dilute solutions of sodium in ammonia. However, the
infrared extinction coefficients of these solutions are so large
that transmission spectroscopy becomes totally impracti-

(1) C. A. Kraus, J. Am. Chem. Soc., 43, 749 (1921) and C. A. Kraus
and W. W. Lucasse, ibid., 43, 2529 (1921); 44, 1941 (1922).
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cable at concentrations above about 0.1 M . Thus, in order
to study these solutions over a wide range of concentrations
it was necessary to employ a reflection technique, the light
reflected from a suitable optical surface being analyzed
spectroscopically. These measurements are related to the
energy absorption processes by a somewhat less direct
path, but they provide the only means of investigation in the
case of a highly absorbing material.

Reflection might be measured from either the interface
between ammonia gas and the top surface of a solution or
the interface between a suitable optical window of trans-
parent material and a solution. The former of these in-
volves the problem of light absorption by the ammonia
vapor as well as the problem of surface disturbances such as
bubbling. The latter involves the complications that
very few materials are both transparent in the desired spec-
tral region and insoluble in ammonia and, further, that
many of the usable materials are susceptible to thermal shock
breakage when being cooled to a low temperature. Both
methods were tried, but the solution-window interface
proved to be the more satisfactory optical surface for
study.

Apparatus.—The reflection cell is illustrated in Fig. 1
and the optical arrangement used with the cell is illustrated
in Fig. 2. The spectrophotometer used in this research was
a Perkin-Elmer 12c equipped with an amplifier of laboratory
design. Lithium fluoride, sodium chloride and potassium
bromide prisms were used with this instrument.

The cell is constructed from two glass tubes. At its top
the inner tube is connected to the vacuum system through a
spherical joint; at its bottom this tube is bent outward and
sealed through the second glass tube and is ground flat so
that a window can be sealed tightly and held by a steel
template and clamp. The outer tube is sealed at its top
in a ring-seal around the inner tube, while at its base it is
closed to a hemispherical end. The inner tube serves as the
solution cavity while the outer tube serves as a cooling
jacket. Coolant enters this jacket through a glass tube in
back of the window area so that the window is kept as cold
as possible. The outer vessel shown in Fig. 1 maintains a
protective vacuum around the cell and contains the neces-
sary windows, etc.

In the optical arrangement, light from a Glowbar source
was focused by an extra set of standard Perkin-Elmer
source optics at the interface between the window and the
solution with an angle of incidence of approximately 40°.
The reflected light entered the spectrometer through the
usual optical system on the Perkin-Elmer instrument.

Acetone was the cooling fluid used in these experiments.
The acetone was pumped from a cold reservoir through the
cell by a centrifugal pump. The reservoir was cooled by a
copper coil through which acetone in thermal contact with a
Dry Ice-bath was pumped. A knife blade heater was also
inserted in the reservoir which was regulated to +0.5°.
This system was capable of maintaining a constant tem-
perature of —40° for over 20 hours.

The windows which were used with this reflection cell were
quartz, lithium fluoride, barium fluoride and polyethylene
supported by cesium iodide. The first three, at least, are
fairly common infrared materials, of limited transparency.
However, no common window material was available for
use in contact with liquid ammonia for the spectral region
beyond 12 u- For this region a special window was pre-
pared by sealing a thin polyethylene sheet to a cesium iodide
window. Since this seal must endure through a rather large
temperature drop, it could not be rigid. Consequently,
Kel-F grease was used, and the sheet of plastic was rolled
onto the window until most of the grease was squeezed out.
This seal held under vacuum and did not crack as the tem-
perature was reduced.

Experimental Procedure— The solutions of sodium in
liquid ammonia were prepared in an atmosphere of am-
monia gas at —40°. The ammonia was first dried by dis-
tillation into a bulb containing waste sodium at a tem-
perature of —70°. A small amount of hydrogen was
pumped off. The dry ammonia was distilled into the cold
reflection cell by allowing this bulb to warm gradually to
room temperature. Sodium pellets were added to the am-
monia in the reflection cell through a glass addition tube
sealed into the vacuum system just above the top plate
of the outer vessel. The pellets were stored in vacuo in side
arms of this addition tube so that when the tube was rotated
these arms could be tilted downwards toward the cell,
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allowing the desired number of pellets to pass into the am-
monia.

Sodium pellets were prepared by cutting a solid block of
sodium into many small cubes, rejecting those cubes which
had been at or near the surface of the original block; this
operation, and all subsequent handling of the sodium, was
performed under thiophene-free benzene. The cubes were
weighed individually under benzene and were placed in the
arms of the addition tube in known order. Once the tube
was connected to the system, the benzene was distilled
away and the reflection apparatus was evacuated overnight.
Since the initial volume of ammonia in the cell could be read
from calibration marks and since the total weight of sodium
in the solution could be derived from the number of pellets
and their weights, the concentration of a given solution was
known. This concentration was recorded as dilution V, the
number of liters of ammonia per gram atom of sodium, but it
is also indicated in terms of the mole ratio. The error should
not exceed 5%.

Analysis of Results

Theory of Reflection Spectra.2—A wave equa-
tion for light in a transparent and isotropic medium
of dielectric constant D can be derived readily
from Maxwell's equations. In this relation, it
is found that the transverse solution wave travels
through the medium with a velocity equal to c

(the velocity of light in vacuo) divided by s/Dji
where n is the magnetic permeability and is usually
unity. Since it is this ratio of the velocities which
defines the refractive index of the material, we see
that the optical constants may be related to the
electrical constants in this way. The refractive
index, n, of this simple material is equal to the
square root of D.

If the material absorbs light but is still isotropic,
the dielectric constant is a complex number given
by D' = D — 4ir<i/fw where a is the electrical
conductance. Hence, the refractive index of the
absorbing medium is also a complex number, (n —
ik)2 = D'. Here, n is the real refractive index
while k is the absorption coefficient.

Application of the Helmholtz boundary condi-
tions to the incidence of a plane wave of light upon
a planar surface of this material gives the following
expression for the reflectivity amplitude (normal
incidence)

_n - ik - n0

r n —ik + nO

where no is the refractive index of the material
in which the light is incident and the reflectivity
gives the ratio of reflected to incident amplitude.
The measurable quantity is the luminous reflectivity

R which is equal to the value of R  Thus
_ (n - wo)2+ fc2 ,9s
(n + no)2+ k2 K’

the observation of reflection is indirectly related
to an observation of absorption; reflection of light
must always accompany the absorption process,
being especially strong when the absorption is
great.

Drude’s theory of dispersion, in turn, relates the
microscopic absorption processes to the macro-
scopically observed optical constants. Drude as-
sumed that a dielectric material could be pictured
as an array of oscillators bound to equilibrium
positions and having frequencies wi. The dis-

2) J. R. Partington, “An Advanced Treatise on Physical Chemis-

try,” Vol. IV, Physico-Chemical Optics,” Longmans, Green and Com-
pany, New York, N. Y. 1953,.
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placement of a given oscillator under the influence
of an applied periodic field, such as a light wave,
is given by the equation of motion

m(dx/di + my{dx/dt) + mampx = —eE exp(tut) (3)

where m is the oscillator mass, x is the displace-
ment, 7 is the damping constant, aDis the frequency
of the oscillator, e is the charge and Eeimt represents
the electric field of the light wave. Since the dis-
placement is related to the dielectric constant of
the material, expressions for the optical constants
may be obtained.
n2_ m= 1+ axy OVeBM)IO8—a)
- % (cvj2 — 0j22 -p yijzcc2

and

K= WE 2. w2+ 7ive *)

where Nj is the density of each sort of oscillator with
properties’wi, yj, m\ ej.

Drude’s formulas may be used even in considera-
tion of the free electrons of metals. Since these
electrons are unbound, according to classical
notions, they represent oscillators of zero frequency.
The formulas which result from this substitution
predict the optical constants with good accuracy.

A variety of absorption processes in the liquid
ammonia-sodium system will cause reflection of
light. For instance, both bound and free electrons
must exist in these solutions. The bound electrons
will produce reflection peaks associated with the
absorption frequencies, while the free electrons will
yield a general reflection in the infrared with varying
intensity. The vibrational motions of ammonia
molecules will also give some contribution although,
because of the larger masses, we expect these to be
small in magnitude.

Observed Spectra.—In measuring the reflection
spectrum of any material one must observe both
the reflected and incident intensities or the spec-
trum under identical conditions of some reflection
standard whose optical constants are known
throughout the region of study. In this research
liguid mercury was used as a standard reflector
for several reasons. It could be placed inside the
cell where its reflection spectrum could be taken
under conditions identical with those at which
the solutions were studied. Also, liquid mercury
obeys the Drude formulas for a metallic reflector
so that the solutions were compared directly to a
classical metal. No attempt was made in this re-
search to obtain the optical constants of these solu-
tions from the observed spectra. Either one would
have to make observations at several different
angles of incidence (which is clearly impractical
with the reflection cell illustrated) or one would
have to apply the Robinson and Price method3 of
calculating the phase angle as a function of wave
length (which would clearly not be accurate in a
case where absorption spreads over a large region
of the spectrum). Instead, the reflection was indi-
cated as a percentage p obtained by dividing the
solution spectra by the corresponding mercury
spectra.

(©)] T. S. Robinsonand W. C. Price, “Molecular Spectroscopy, Rept.

Cong,, Inst. Petroleum London,” 1954, 211 (Pub. 1955).
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Fig. 3.— Reflection spectra for dilute solutions in the
LiF region. The concentration is given in liters of NH3
per mole Na and (mole ratio NH3to Na).

Fig. 4— Reflection spectra of more concentrated solutions.
Concentrations given as in Fig. 3.

Figures 3 and 4 show the spectra taken with the
LiF window. The spectra taken with the quartz
window yield no additional information.4 Regions
of intense atmospheric absorption are omitted.
The spectra taken with BaF2 and polyethylene-
Csl windows contain only relatively narrow regions
of good observation between regions of absorption
by atmospheric constituents or the window mate-
rials. The Kel-F grease which sealed the thin
polyethylene to the Csl plate apparently flowed
enough to vary in thickness and hence results are
unreliable even in regions where it absorbed only
moderately. The resulting reflectivities4 (relative
to mercury) in each region of good observation
were interpolated to even concentrations and are

4) Figures showing all of the spectra are included in the Ph.D.

Dissertation of Tad Alan Beckman, University of California, 1960

(Lawrence Radiation Laboratory Report UCRL-9330).
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shown in Fig. 5.
omitted in Fig. 5.

Assignment of Reflection Bands.—Review of
the spectra of the dilute solutions indicates that
several reflection bands, or maxima, exist; these
are to be found at 6200, 3370, 3190 and 1030 to
1050 cm.-1 The three low frequency peaks can
all be associated with fundamental vibrations of the
ammonia molecule. For instance, the 3190 cm .-1
reflection seems best assigned to the v, vibration of
ammonia which is observed by transmission to lie
at 3223 cm.“1 in the crystal.6 The 3370 cm.“1
band can be assigned to s which absorbs at 3378
cm.“1in the crystal. And 1030 to 1050 cm.-1 is
easily assigned to w which is 1060 cm.“1 in the
crystal. The reflection peak at 6200 cm.-1 is,
however, a property of the sodium-ammonia
system as a whole. The concentrated solutions
show high reflectivity over wide regions with little
or no fine structure.

Discussion

Our interpretation of the spectra will be divided
into two parts. In dilute solutions the principal
solute species can be inferred by the concentration
dependence of various phenomena. Also many
other investigations have yielded various types of
data for dilute solutions. Our spectra are consist-
ent with this knowledge from other sources. The
concentrated solutions and the two phase region
offer a more difficult problem and only some pre-
liminary conclusions will be given here. Other
experiments will be needed before a very detailed
understanding of the concentrated solutions is
possible.

In vdew of the recent and complete reviews by
Jolly6and by Symons7 an extensive bibliography is
unnecessary and only the most pertinent evidence
will be cited.

Dilute Solutions.—Most of the properties of
dilute alkali metal solutions in ammonia can be
attributed to the species in the equilibrium

M2 = 2M + + 2eam (5)

Here M + is just the familiar solvated ion and eam_
is an electron solvated by oriented ammonia mole-
cules with presumably a cavity at the center.8
The species M2 was first suggested by Huster.9
The nature of the species M 2is not established in
detail but it contributes to neither the electrical
conductance nor the paramagnetic spin resonance.
Presumably the Na+ ions are solvated by ammonia
and two such ions are bound together by two elec-
trons of antiparallel spin. Additional species,
such as solvated electron pairs or solvated metal
atoms, have been proposed but the evidence indi-
cates that they are at most minor speciesin Na-NH3
solutions at —40°.

Yost and RussellD discuss the evidence for M2
and Becker, Lindquist and Alderll calculate

The small peaks near 3 p are

(5) F.P.Reding and D. F. Horning, J. Chem. Phys., 22, 1926 (1954).

(6) W. L. Jolly, Progr. Inorg. Chem., 1, 235 (1959).

(7) M. C. R. Symons, Quart Revs., 13, 99 (1959).

(8) J. Jortner, J. Chem. Phys., 30, 839 (1959).

(9) E. Huster, Ann. Physik, 33, 477 (1938).

(10) D. M. Yost and H. Russell, Jr., “Systematic Inorganic Chem-
istry,” Prentice-Hall, Inc., Englewood Cliffs, N. J., 1946, pp. 144-145.

(11) E. Becker, R. H. Lindquist and B. J. Alder, J. Chem. Phys.,
25, 971 (1956).
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the equilibrium constants for reaction 5 for potas-
sium solutions at 298, 274 and 240°K. The
magnetic datal? show that the equilibrium con-
stant for sodium is indistinguishable from that for
potassium at 240°K. and that its change with
temperature is a little more rapid for sodium than
for potassium. Only a short extrapolation is re-
quired to 233°K., the temperature of our experi-
ments, where we find K = 3.5 X 10“8if concentra-
tions are in moles per liter. Even in our most di-
lute solution, V = 4.14 or 0.24 M, this K predicts
only 4% dissociation of Na2 Consequently, the
reflection spectra for relatively dilute solutions in
the range 0.24 to 1 M must be dominated by
features arising from Na2as well as NHS of course.
At still lower concentration, however, where ab-
sorption spectra are measured, the dissociated
ions Na+ and eam~ become major species. Thus
the fraction dissociated is roughly 50% at 0.01
M while at 0.001 M it is greater than 95% at the
temperature of spectral measurement.

The reflection spectra of the dilute solutions,
Fig. 3, show just one distinct feature attributable
to the metal solute—the peak near 1.5 p. While
the equilibrium constant for dilute solutions indi-
cates little dissociation of Na2in the concentration
range of Fig. 3 (v = 0.67 to V = 4.14), we have
little independent evidence concerning the con-
centration of larger clusters Na,, with n > 2. Our
spectra show just a gradual increase in intensity as
the concentration increases to V = 1.0, but at
higher concentration the reflectivity at wave
lengths longer than 4 p increases more rapidly
than that at the 15 p peak. This additional
reflectivity at longer wave length presumably
indicates the appearance of some larger clusters.
The 15 (i peak may be assigned primarily to the
Na2 species although eam_contributes in addition.
Calculation indicates a corresponding absorption
wave length of approximately 2 p. The nature
of the reflection process is such that the reflection
peak is observed at shorter wave length than the
absorption peak.

Unfortunately the concentration range for good
reflection measurement does not overlap with that
for absorption measurement, hence a direct com-
parison is impractical. The absorption spectral
show a peak in this same region with a maximum
at 1.4 p for very low concentration of either Na or
K. This band is assigned to eam_- As the concen-
tration increases above 0.001 M the maximum shifts
slowly to longer wave length (about 1.5 p at 0.004 to
0.01 M) and small differences are noted between
sodium and potassium solutions. This shift is
in the direction expected as the amount of Na2
(or K2 increases. In the case of both the re
flection and absorption spectra the intensity
corresponds to that of an allowed transition by
most if not all of the solute present. Thus the
1.5 p reflection peak is too intense to be explained
by the eam~ species alone. The near equality of
frequency for eam_ and for solvated Na2may be
either accidental or of fundamental significance;
we shall hope to learn which in the near future.

(12) C. A. Hutchison and R. C. Pastor, J. Chem. Phys., 21, 1959
(1953).
(13) R. C. Douthitand J. L. Dye, J. Am. Chem. Soc., 82, 4472 (1960).
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Fig. 5.— Reflectivity (relative to Hg) for Na-NH 3 solu-
tions of the dilution in liters of NH3 per mole of Na indi-
cated. Dotted curves are calculated for free metallic elec-
trons; the dot-dash curve for v = 0.30 is calculated for a
more complex model given in the text.

Concentrated Solutions.—The fully metallic
nature of very concentrated metal-ammonia solu-
tions was recognized in the early work. The
equivalent conductance of a saturated solution
of sodium is 6 times that of mercury. Presumably
the metal ions are solvated as in the species M 2but
now the electrons have metallic orbitals which per-
vade the entire solution. One of usM4 has pointed
out the analogy between the phase separation
below —41.6° in these solutions and the vapor-
liquid phase separation in pure sodium. In the
solutions the ammonia solvates the solute species
but is otherwise a dielectric medium within which
a condensation phenomenon can occur. The
metallic solutions are those in the liquid-like range,
i.e., more concentrated than the critical compo-
sition of 4.15 atom % Na.

Exploratory calculations were made of the re-
flectivity on the free electron model. Equation 4
was used with @@ = 0 and Ni taken from the known
concentration. The observed electrical conduct-
ance ayields y; from the relationship

W = AMiVvin; (6)
where ei and m, are the electronic mass and charge,
respectively. Figure 5 shows as dashed lines the
calculated curves for the concentrations V =
0.135 and v = 0.3. In the nearly saturated solu-
tion where the mole ratio is 5.5 NH3to one Na the
calculated reflectivity curve resembles the ex-
perimental curve rather closely. The agreement is
good except that the drop in p in the region 3 to
0.5 p is actually more gradual than that calcu-
lated. Doubtless some refinement of the model
would remedy this discrepancy. We shall not
attempt such modifications at present but rather
emphasize the general success of the simple free
electron model for the nearly saturated solutions.

At v = 0.3, however, the agreement with the
free electron model is much poorer. The dif-
ficulty near 1 p remains and in addition the trend
with wave length in the 15-25 p region is wrong.
Several more complex models were tested in an
effort to fit the observed curve for V = 0.3. The
curve shown as a dot-dash line on Fig. 5 was cal-

(14) K. S. Pbzer, ibid, 80, 504G (1958).
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culated for a model with three different absorp-
tion processes of finite frequency in addition to a
small population of free electrons with a damping
constant fitted to the electrical conductance.
The following parameters were used

A5 = 4X 109 71 = 1.2 X 10B«i = 0
N2= 25X 10fl 72 = W= 15x 1'4
N, =5X 100 7i = bj = 3 X 1011
Nt =5X 10074 =B) = 1X 106

The values of y; were taken equal to o for each
non-zero frequency since relatively broad bands
would be expected and there was no justification
for independent adjustment of the various vyi.
While the fit of this calculated curve is by no
means perfect, it is good enough to confirm this
general type of model.

The model for the dot-dash curve may be in-
terpreted as representing a small concentration
Ni of conduction electrons, a rather high concen-
tration Na of dimeric, solvated Na2 and high
concentration N, + Ns of a distribution of larger
clusters Na,, (n > 2) which have primary electronic
frequencies distributed over the range indicated,
by <2and <s. Such larger clusters were suggested

C. P. Fenimore and G. W. Jones
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significance should be attached to the exact values
given for Nz, N3 a2 w3 etc. This interpretation
is plausible on the basis of our knowledge of the
more dilute sodium-ammonia solutions and of
critical and condensation phenomena in general.

These results indicate that solutions significantly
more concentrated than the critical composition,
such as V = 0.3. do not constitute the sort of
simple free-electron metal which is represented
by the saturated solution or the pure liquid or
solid alkali metal. The clustering of the solute,
however, need not be primarily to spherical
clusters. It seems likely that much more irregu-
lar shapes are involved including thread-like
regions sometimes interconnected throughout the
solution.

Research is being continued on these systems
which will include further experimental measure-
ments as well as discussion of the results in terms
of quantum theory of the valence electrons.
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U. S. Atomic Energy Commission.

by Schmidt® on the basis of X-ray data. No (15) P. W. Schmidt, J. Chem. Phys., 27, 23 (1957).
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The carbon monoxide formed in CH4 0 2flames containing H2D Sand 0 BH does not derive its oxygen from H2D or OH,
and earlier work shows that it does not derive much of its oxygen from 0 2either. It is suggested, therefore, that carbon
monoxide is eventually formed when a free O atom reacts with a CH3radical; and the suggestion is tested. [O] is estimated
by modifying a method used previously in flames; [CHJ is deduced from the rate of formation of C2hydrocarbons, or more
accurately from CH3+ NO —&»CH3NO HCN + -..; and then the rate of formation of carbon monoxide is found to
equal AJ0] [CHY withk = 1.9 X 10D1 mole-1 sec.-1. A formation of carbon monoxide by CH3+ 02 —CO +
could not compete unless its rate constant were larger than the literature values for the reaction of CH3radicals with 02
It is probable that methane burns mostly by the known reactions of H;!-C0-02combustion, plus some means of forming
CH3radicals, and plus O + CH3 eventually CO + ....

Introduction

In this paper we propose, and partly test, the
idea that methane burns by the fast reactions of
H2-CO-0O2 combustion, reactions 1 through 4 CH3+ O fa>
below, plus some ad hoc device for forming methyl
radicals such as reaction 5, and plus the incom-
pletely specified (6).

fa
CAlt+ (H, 0, oH) (E=£ CH3+ (Hj, OH, HD) (5)
5
— »meventually CO + ... (6)

It has been shown already that oxygen mole-
cules are mostly consumed by reaction 1in methane

fa flames,1and (2), (3), and (4) are included because
H+ 025=~0OH + O ) the flames contain hydrogen molecules and carbon
k-1 monoxide. It is generally accepted that carbon
fa dioxide is formed mostly in reaction 2. The
OH + CO;i=+ C02+ H ) only novel suggestion is that carbon monoxide is
k.2 formed eventually when an O atom reacts with
fa a CH3radical; and before we test this proposal, it
OH - H2~ 2 HD (- H ©) is worth showing why we think it should be the
k 3 chief means of forming carbon monoxide.
Ki A considerable source of oxygen in some form is
0 + H2~ ~ OH f H 4 1) C. P. Fenimore and G. W. Jones, J. Phys, Chem. 63, 1834
k-t (1959).
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needed to make carbon monoxide. If the source is
not molecular oxygen, as oxygen molecules are
mostly consumed in (1), it might be water, OH
radicals, or free 0 atoms; but water and OH can
be ruled out in the following way. Figure 1shows
traverses through a flat, low pressure flame of
CH402H2 (HAD containing HD B and the
graphs at the bottom of the figure indicate that
the carbon monoxide formed had much less OB
in its O than did the carbon dioxide. If carbon
monoxide derived its oxygen from OH radicals
or water, it should have had at least as much OB
in its 0 as the carbon dioxide; for carbon dioxide
was formed in reaction 2 from CO + OH, and the
H2D Bin the water was larger than the OBin the
0 of carbon dioxide. Hence, carbon monoxide
did not derive its oxygen from OH or water; and
if not from molecular oxygen either, then it prob-
ably derived oxygen from 0 atoms.2

In the formation of carbon monoxide, the re-
action partner for the 0 atom is probably not
methane itself; for 0 + CHA4 should only react
in the sense of (5). The most reasonable guess
is that methyl radicals are formed in some way
such as (5), and that carbon monoxide is formed
in (6). In referring ks to the initial interaction
of 0 + CH3 we imply that the C-0 bond once
made is never broken. We have no evidence,
however, about what intermediates might occur.

Since the total rate of formation of carbon mon-
oxide is the sum of observed d [COj/di and d[C02]/
di, the partial mechanism claims that

(d[COV/di + d[COZ/df) = feelO] [CHj]

By measuring all other quantities, we can obtain
/& Though no numerical estimate of this con-
stant is available, it should be very large.3 We
will obtain ke = 1.9 X 10101 mole-1 sec.-1 over
three-to-eight fold variations in [0] and [CH3],
so the mechanism passes this test.

Estimates of Radical Concentrations.— [0] is
estimated in reaction zones from an extension of
an equation used before in Hs0 2N 2 flames

mi _ -d[OflAk - (d[COJ/df + d[C0Z/d<)
1J fa[HJ
h = 25 X 109e-'-IRT 1L mole*“1sec."14

The assumptions in this equation are of two kinds.
First, there are approximations which can be
justified in the same way as before4: that d[0]/df
= zero in the region where we use the expression,
that the reverse of (4) can be neglected compared
to (4) itself, and that recombination such as 0 +
H+ M OH + M can be neglected. Then
there are also assumptions about methane burning;
that the consumption of 0 atoms can be neglected
in hypothetical reaction (5) or in the unspecified

(2) Figure 1 refers to a fuel-lean, low temperature flame. We
should add that in fuel-rich flames containing H2018 the CO18content
of the carbon monoxide, though starting small just as in Fig. 1, in-
creases in the samples collected farther downstream. COBis expected
to increase in fuel-rich flames, because these require higher tempera-
tures to burn than fuel-lean ones and CO18 OCOI18and H2018 should
equilibrate more rapidly via reactions 2, 3, and their reverses at the
higher temperatures.

(3) E .W. R. Steacie, “Atomic and Free Radical Reactions,” Second
Edition, Vol. 11, Reinhold Publ. Corp.,, New York, N. Y., 1954, p.
601.

(4) C. P. Fenimore and G. W. Jones, J. Phys. Chem., 65, 993 (1961).
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Fig. 1.—-Traverses through a flame of CH4 + 51 02 +
3.6 HD (containing 1.45% H2D 1) burnt at 6 cm. P with
a mass flow of 1.26 X 10-3 g. cm .-2 sec.-1.

parts of (6). These additional assumptions can-
not be proved, though they seem reasonable if
the flame contains much molecular hydrogen.
In the runs with mixed H2CH4 fuel, the [0]
deduced does not depend very strongly on the
assumptions about methane burning.

The value quoted for & is smaller, in our tem-
perature range, by a factor of two to three than
values extrapolated from Clyne and Thrush's
results at 409 to 733°K.5 We use the quoted
value because it was obtained at the temperatures
of present use by a method very similar to our
present application.

[CH3] can be approximated if it is assumed that
the C2 hydrocarbons in methane flames derive
from CH3radicals

h
2CH3-—--CHB-------- ~ eventually CH4and CH2also  (7)
7 = 3.7 X 1C101 mole-1 sec.-1.6

The assumption is reasonable because the fraction
of CH6 in the C2 hydrocarbons is largest in the
samples collected farthest upstream. [CH3] can
also be estimated in the presence of nitric oxide

h
CH, + NO— ~2"CHJNO— > ... — >HCN + ... (8)
f8= 7 X 1081 mole-1 sec.-17

and this should be equivalent to the determination
from C2 hydrocarbons because /gy was estimated
relative to kgo The assumption that an equimolar

(5) M. A. a. Clyne and B. A. Thrush, Nature, 189, 135 (1961).

(6) G. B. Kistiakowsky and E. K. Roberts, J. Chem. Phya., 21, 1637
(1953).

(7) M. 1. Christie, Proc. Roy. Soc., (London) A248, 1 (1959).
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Fig. 2—CH, + 111 02+ 0.30 NO + 0.37 A burnt at
4 cm. P with a mass flow of 2.1 X 10-3 g. cm.“2sec.-1.

reaction occurs between CH3 radicals and nitric
oxide would be incorrect if the destruction of HCN
consumed or re-formed nitric oxide; but no large
error could be introduced if, as in all of the IF CH4
flames, HCN decayed only slowly.

The quoted values of kz and ks are correct only if
the pressure was high enough for the recombinations
to be second-order processes. The pressures used,
4 to 16 cm. of Pig, were perhaps marginal and there-
fore the estimates of [CH3] might have been too
small; but we do not believe that the error intro-
duced could be larger than the uncertainty in
ka itself.7 For we found evidence that the equi-
librium, H + CH4 = CH3 + Ha, was satisfied in
sufficiently fuel-rich flames; and the equilibrium
[CH3] agreed with that measured from nitric oxide
within the uncertainty in ks.

Experimental

The same apparatus and procedures were used as be-
fore.14 A water-cooled, porous burner in a bell jar let
us burn flat, low pressure flames which could be scanned
with a fine quartz coated thermocouple, and sampled at
various positions through a fine quartz probe. In the mass
spectrometric analysis, HCN was determined in the pres-
ence of C2hydrocarbons by collecting two samples at each
point, one of them being passed over Ascarite to remove HCN
but not CH4or CH6which were the interfering species at
m/e = 27.

The greatest error in the calculated reaction rates prob-
ably derives from the necessary diffusion corrections. We
applied simplified corrections as before, and assumed that
the diffusion coefficients for different species varied inversely
with the square root of molecular weight. The diffusion
coefficient is reported for the cases illustrated, and similar
coefficients were used in other runs.

Results
Results are given for all but two of the flames

C. P. Fenimoue and G. W. Jones
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studied. The two omitted were CPI40 2 and FF
CH4-02 mixtures which did not have nitric oxide
added in the reactants; and though they were con-
sistent with the others, we did not include them in
our final estimate of /6because [CH3] was obtained
only approximately. For the other runs, Table
I lists [0], [CH3] and fB[CH3]. fB[CH3] was ob-
tained from
fe[CH3|[0] = (d[COY/di + d[COf]/dO

except in one run where the observed (d[CO]/df +
d[C02)/df) could not be equated to /B[CH3J[0]
without a large correction.

Table |

Results from which can be Estimated

[0]
X &G&CHs’% [CHj
Reactants 107, X 107,
H*/ (oY)} P, T, mole 10 mole 1 la
Fig. CH4 CH4 cm. °K. l.-i sec. 1 @ )
2 0 111 4 1900 15 2.2 ~ 6 9
2.5 1.87 4 1510 20 4.5 ~15 24
9,8 4.23 4 J210 48 0.44 2.8
3 5.8 3.11 8 1370 34 1.5 8.9
2.6 2.04 8 1560 32 2.3 11.0

" The two estimates of [CRiJ are: (1) from rate of forma-
tion of C2hydrocarbons; (2) from reaction with nitric oxide.

Figure 2 illustrates the run requiring correction.
The profiles through this CH40 2N 0-A flame were
reduced to reaction rates by use of an assumed dif-
fusion coefficient for oxygen of Do. = 3.3 X 10“4
T1& cm.2sec.-1. We evaluated [CHJ], etc., only
at the point where d[C> hydrocarbon]/dt = zero.
Here [CFI3] = -d[NOJ/i*[NO]dt = 9 X 10-7
mole 1.-1 and d[IICN]//cs[NO]df = 5 X 10-7;
perhaps the difference was due to the destruction
of part of the HCN as it was formed. [CHY
could also be approximated from the C2 hydro-
carbons as follows: from 0.45 cm. on downstream,
the observed —d[C2 hydrocarbons]/df = 3.7 X
103 [C2 hydrocarbons] could not have been ac-
companied by any large simultaneous formation of
C2hydrocarbons; and if the same destruction oc-
curred farther upstream where the net observed
rate was zero, C2 hydrocarbons would have been
formed and destroyed at equal rates of A7[CH3]2 =
3.7 X 103 [ hydrocarbons]. Inserting the
maximum [C2 hydrocarbons] gives [CH3] ~ 6 X
10-7.

Thus |JCH3] was estimated approximately, and
[O] was also obtained as described above with fair
confidence. It would be wrong to equate f6
[CH3][0] with (d[CO]/df + d[C02Z/df) in this
flame, however, because the destruction of C2
hydrocarbons must have contributed to the forma-
tion of carbon oxides. If [CH3] = 6to 9 X 10%
G[CH3]2was 22 to 50% of the rate of formation
of carbon oxides. The /6[CHJ] listed in Table I,
for this flame only, was obtained on the assumption
that (d[CO]/df + d[CO02]/di) was due half to
reaction 6 and half to the destruction of C2hydro-
carbons.

The correction just described is large and very
rough. In other runs we used mixed fuels of CH4
H> in order to obtain smaller transient yields of C2
hydrocarbons, and to avoid corrections for them.
It now became difficult to estimate [CH3] from Cs
hydrocarbons, and we depended on the determina-
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tion by the decay of added nitric oxide. Figure
3 shows one such run. The reaction rates at the
bottom of the figure were obtained with Do, =
135 X 10-4 T cm.2 sec.-1. [0] reached its
maximum value at 0.175 to 0.250 cm. from the
burner surface and the concentration of C2hydro-
carbons in this region was always less than Vic
of [CH4]. The values of [0] fB[CH3] and [CHJ]
for this flame in Table | are averages at 0.175 to
0.250 cm. Separate values of f6 at 0.025 cm.
intervals in this region were 2.0, 1.7, 1.3, 1.8 X
10101 mole-1 sec.-1.

The other flames studied resembled Fig. 3 and
average values obtained as for Fig. 3 are tabulated
without comment.

It is probable that in most of these flames, the
equilibrium

[CH3[HZ/[CH4[H] = Ke»RT

was satisfied in the regions studied. Ko has been
estimated8 to be about 10, although no real ac-
curacy was claimed. If we solved for KQ taking
[CH3] from the nitric oxide determination and
[H] from

-d[02/di = «, [H] [0F

k, = 6 X 101le~IsIRT 1 mole-1 sec.-1-9

as is legitimate because the reverse of (1) is small
compared to (1) itself in the regions studied, we
found Ka= 5 = 15 in all runs except one. The
one exception to a constant Ko was the third run
in Table I, —1.4; and this flame contained the
largest [0]/[H 2], and was therefore the one least
likely to be equilibrated.

Though we made no use of the idea that CH3
was equilibrated, we could have assumed so and
then found about the same [CHJ] as that found from
nitric oxide in all runs but one.

If each /G[CH3J] in Table I is divided by [CHJ]
from nitric oxide

k6 = 1.9+ 0.3 X 10D1 mole-1 sec.-1

with no marked temperature dependence. This
very reasonable value for must be considered
only approximate because kt might have a syste-
matic error of about a factor of two, as discussed
earlier, and because Christie considered that her
estimate of f8 might be uncertain by a factor of
three.7

Discussion

The proposal that reaction 6 is the chief path by
which carbon monoxide is formed was shown to be
reasonable in the introduction; and since it also
accounts for (d[CO]df + d[C02]/df) over three-to-
eight fold variations in [O] and [CHZ3], the partial
mechanism seems very probable.

A reaction between methyl radicals and oxygen
molecules is thought to be important in slow oxida-
tions at lower temperatures, and one might wonder
that our mechanism does not include it. A suf-
ficient reason for omitting it is that reaction 1
alone accounts for —d[02])/di when [H] is varied
widely in different CH.-O. flames.1 But also,
there is no very good reason to believe that a re-
action of methyl radicals with oxygen molecules
should be important in flames.

(8) A. F. Trotman-Dickenson, J. Chem. Phys., 21, 211 (1953).
(9) C. P. Fenimore and G. W. Jones, J. Phys. Chem., 63, 1154 (1959).
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Fig. 3.—H2+ 0.17 CH, + 0.54 02+ 0.105 NO + 1.05 A
burnt at 8 cm. P with a mass flow of 3.7 X 10~3g. cm.-2
sec.-1.

At far lower than flame temperatures, the re-
action of methyl radicals with nitric oxide is second
order and relatively fast7 under conditions where
the reaction with oxygen molecules is third order
and slower.0 The reaction with nitric oxide does
not depend on temperature up to 1200°K.11; and
although that with oxygen is much less certain at
high temperatures, it has the same rate at 470 as at
390°K.22 and at least approximately the same rate
at 1370°K.:3 as at the lower temperatures. Thus
as far as the literature goes, it suggests that methyl
radicals would react faster with nitric oxide than
with oxygen molecules even in flames. If so, this
rules out any significant reaction of methyl radicals
with molecular oxygen in the flame described by
Fig. 2; for when [NO] = [02], the rate of re-
action of methyl radicals with nitric oxide is only
Vs of —d[02]/df and only about V4 of the (d-
[COJ/df + d[C02)/df) corrected for C2 hydro-
carbons.

A similar argument can be made for die other
fuel-rich Acmes, that the rate constant for the re-
action of methyl radicals with oxygen molecules
must be several times the rate constant for the re-
action with nitric oxide in order for the former
process to be important. But there is no reason
to believe this requirement is satisfied.

Even in a fuel-lean flame, there is little reason to
think that a reaction of CH3radicals with molecular

(10) D. E. Hoare and A. D. Walsh, Trans. Faraday Soc., 53, 1102
(1957).

(11) W. A. Bryce and K. U. Ingold, J. Chem. Phys., 23 1968 (1955).

(12) F. B. Marcotte and W. A. Noyes. Jr., Disc. Faraday Soc., 10,

236 (1951).
(13) K. U. Ingold and W. A. Bryce, J. Chem. Phys., 24, 360 (1956).
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oxygen should compete with reaction 6. In Fig.
1, [0] can be estimated from the rate of formation
of OOBto be 1% M of [02 in the post-flame gas
0. 6 to 0.9 cm. from the burner surface. In the re-
action zone itself, [0] doubtless is larger; and
therefore a reaction of CH3with molecular oxygen
might need a rate constant of a few per cent, of
knin order to compete with (6). But the literature
does not suggest that the rate constant for CHS
radicals and 02 molecules is as large as about 109
1 mole-1sec.“ 1

Oxygen molecules are mostly consumed by re-
action 1 in flames of other hydrocarbon fuels,1
and traverses through a flame fed with H2D S
have been reported¥ from which one could con-
clude, by the argument in the introduction, that
the carbon monoxide in at least one acetylene flame
derived its oxygen mostly from free 0 atoms.
Therefore the reaction of 0 atoms with other
hydrocarbon species than methyl radicals is prob-
ably important in flames of other fuels.

Note Added in Proof—Westenberg and Fris-
tromX¥ showed recently that in very fuel-lean

(14) C. P. Fenimors and G. W. Jones, 8th Combustion Symposium
at Pasadena, Calif., Sept. 1960.

(15) A. A. Westenberg and R. M. Fristrom, J. Phys. Chem., 65,
591 (1961).
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methane flames reaction 5 probably should be
specified OH + CH4—=* CH3+ HXD. They also
proposed that methyl radicals disappear by CH3
+ 02-> HZCO + OH because, “ No other plausible
mechanism of H2Z2O formation is apparent to us.”
It is plausible, however, that the initial step of
(6) is0O + CEB-> H + HZXO.

Their paper really supports our assertion that the
probable rate constant, ~108 1 mole-1 sec.”1
according to them, is too small for the reaction of
0 2with CH3to be important. (6) will outrun it if
[0] > ~108 [02)//c6 = 0.5% of [02. But, even
in their finally equilibrated products, they -cal-
culate [0] of this order; and since [0] must have
been much larger in their reaction zone, (6) pre-
dominated.

Q) will outrun their proposed reaction if [H]
~108 [CHsl/fcj = 3% of [CH3] at 1750°K. Since
[CH3] in their very lean flames could not have been
nearly the [CI13 in the rich flames of this paper,
so that [CH3] <C 10“6 mole 1.“1; and since [H]
was at least as large as that calculated in their
equilibrated products; [H] » 3% of [CHJ], and
(1) predominated. Therefore, reactions (1) and
(6) outran their proposed reaction in consuming
0 2and CH3respectively.

THE DETERMINATION OF THE EQUILIBRIUM WATER CONTENT OF
ION EXCHANGE RESINS

By George Scatchard and N. J. Anderson

Department of Chemistry and the Laboratory for Nuclear Science,

M assachusetts Institute of Technology, Cambridge, M ass.

Received March 10, 1961

The weights of two types of ion-exchanger beads, Dowex 1-X8 and Dowex 50W-X8 are linear functions of the weights of

glass beads centrifuged at the same time from 425 to 3000 g.
water.
dry glass beads.

ences in the number of contacts per bead.

The precise study of ion exchange requires a
knowledge of the relative quantities in the resin
of water, fixed ions, gegen-ions and co-ions. It is
helpful to study these first in systems with only
one species of each class in an ion-exchange resin
in equilibrium with an aqueous solution of a single
electrolyte. The most fundamental of these quan-
tities is the water content of the resin, which is
inversely proportional to the molality of the fixed
ions.

The volume of a resin particle is difficult to de-
termine, or even to define. The boundary of a
resin particle is not a true surface, but has a thick-
ness of 10-1000 A., or even more for low cross-link-
ing. If we define the volume as that volume which
makes the concentration of the fixed ions zero
outside the resin and contains the same amount of
water inside as if the fixed-ion concentration were
uniform up to the surface, there is still the opera-
tional difficulty that we have no independent method
of determining what this concentration should be.
This definition would also lead to a small positive

The slopes are the same for solutions of HC1 and NaCl as for
The weights of the resin beads without retention of external water are obtained by extrapolation to the weight of
The volumes of water retained by unit volume of beads at any centrifugal force are in the ratios: glass 1,
Dowex 1 (CIl) 0.88, Dowex 50 W (Na) 0.84, and Dowex 50 W (H) 0.74.

The differences appear to be attributable to differ-

or negative surface concentration for any other
solute component. Any uncertainty due to this
cause will usually be small, however, relative to the
error in separating the resin quantitatively from
the external phase. This latter difficulty increases
as the resin particles become smaller and the
surface to volume ratio therefore increases.

For large pieces of resin such as membranes,
and perhaps for very large beads, the excess aqueous
phase may be removed with blotting paper,12
but with ordinary sized beads the amount of water
removed varies so much with the procedure that it
is not certain that any procedure gives an accept-
able answer.

The dye dilution3 method appears simple and
direct. A solution of a dye with molecules too
large to penetrate the resin and with the same

(1) W. C. Bauman and J. Eichhorn, J. Am. Chem. Soc., 69, 2830
(1947).

(2) H. P. Gregor, K. M. Held and J. Beilin, Anal. Chem., 23, 620
(1951).

(3) K. W. Pepper, D. Reichenberg and D. K. Hale, 3. Chem. Soc.t
8, 3129 (1952).
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sign charge as the fixed ions is added to a mixture
of the resin and a small amount of aqueous phase.
The change in dye concentration measures the
amount of water not in the resin. We were unable
to obtain satisfactory results by this method,
perhaps because of surface adsorption in spite of
the charge on the dye ion.

The water contents of resin in equilibrium with
water vapor at some definite pressures may be
detennined and the contents extrapolated to the
vapor pressure of water from the aqueous phase.24
At this vapor pressure all the interbead volume
should be filled with solution, and even at much
smaller pressures there is adsorption near the con-
tact points. Therefore the extrapolation must be
carried out over a large pressure range. We did
not obtain acceptable results by this method.

The agueous phase may be removed more or less
efficiently by centrifuging.2 4 Gregor and co-
workers2 assumed that centrifugation at “3000
r.p.m.” removed all the external water. Pepper
and co-workers3 assumed that the external water
retained at 285-530 g (g is standard gravity) is
the same for a sulfonated polystyrene resin as for
the same volume of beads sulfonated only on the
surface. This they found to be independent of the
size of the beads from 100 to 400 n radii, and 4%
of the weight of the fully sulfonated beads. Kraus
and Moore4 assumed that the external water re-
tained at about 300 g is the same for a trimethyl-
aminopolystyrene anion exchanger (Dowex 1 10-X)
as for the same volume of glass beads. Preston
and co-workers66 found that the weight of water
retained by fibers is a linear function of the re-
ciprocal of the centrifugal force.

We have studied the centrifugation of beads
of glass, of a sulfonated polystyrene cation ex-
changer and of a trimethylaminopolystyrene anion
exchanger in order to extrapolate to no retention
of external solution.

Experimental Procedure

The centrifugations were carried out simultaneously
on duplicate samples of Dowex 1-X8 (about 8 g.) in the
chloride form, Dowex 50W-X8 (about 9.5 g.) in the hy-
drogen form or in the sodium form, and glass beads (about
17 g.), all of 20-50 mesh.7 The six samples had approxi-
mately equal volumes. The beads were contained in glass
filtering crucibles of 25 mm. diameter with “medium
porosity’’ fritted glass bottoms. During centrifugation each
crucible rested on three sheets of filter paper on two per-
forated rubber stoppers. It was centered by a cork ling and
protected with a perforated plastic cover. The centrifuge
cup contained a small amount of distilled water. They were
centrifuged for 20 minutes at about 10°, at about 425,
750, 1500 and 3000 g, and usually in that order. Blanks
were run on the empty crucibles for water, and the weight
of beads plus adhering liquid at each rate of centrifugation
was taken as the weight of the crucible plus beads and liquid
minus the weight of the crucible plus water centrifuged at
the same rate.

Before use the resins were conditioned by washing with
the following series of liquids: 1 M NaOH, water, ethanol,
water, 1 M HC1l, water (several times!. Immediately
before each centrifugation they were washed six times with

(4) K. A. Kraus and G. E. Moure, J. Am. Chem. Sue., 75, 1457
(1953).

(5) J. M. Preston, J. Textile Inst., 40, 764 (1949).

(6) J. M. Preston, M. V. Numkar and S. P. Gundara, ibid., 42T,
79 (1951).

(7) We are grateful to Mr. Robert M. Wheaton of the Dow Chemical
Company for the gift of these and other resins.
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gentle suction. If the solution was changed from that of
the preceding run the washing was more thorough, particu-
larly if the solute was changed. The runs were done in the
order: water, 1 M HC1, 0.5 m HC1, 0.25 m HC1, water,
1.0 NaCl, 0.5 m NacCl, 0.25 m NaCl, water, 2 m NacCl,
4m NaCl, 5m NaCl,2m HC1,4m HCL

The dry weights of the glass beads were determined before
the centrifuging. The dry weights of the resin beads were
determined on separate samples of the same resin lots by
drying at 70° in vacuo. The wet beads of Dowex 1-X8
without external water contained 39.0% water and those of
Dowex 50W-X8 contained 47.8% water. The capacities
were 3.307 meq. per gram dry resin for the Dowex 1 and
5.033 meq. pei gram dry resin for the Dowex 50 W. These
values correspond to 5.16 m for Dowex-1 and 5.49 m for
Dowex 50 W. The densities of the beads at 25° without
retained water were 2.507 for the glass beads, 1.095 for
Dowex 1-X8 in the chloride form, 1.209 for the hydrogen
form and 1.315 for the sodium form of Dowex 50 W-X8.
We are very grateful to Dr. U. Schodel and Mr. C. V.
McDaniel for the determination of the capacities, dry weights
and densities of the resins.

Results and Discussion

The average weight of water retained by unit
weight of glass beads is 0.0070 at 3000 g, 0.0118
at 1500 g, 0.0161 at 750 g and 0.0174 at 425 g.
The product of the weight of retained solution and
the centrifugal force, which is a constant for fibers,
decreases regularly from 21 at 3000 g to 4.7 at
425 g. It is approximately equal to 28/(1 +
1000/(7) if G is the centrifugal force in g.

The weight of ion exchanger beads equilibrated
with water or a solution of HC1 or NaCl is a linear
function of she weight of glass beads equilibrated
with the same solution and centrifuged at the same
time. Moreover, the slope of the lines is constant
for each resin as long as it remains in the same
form. Normalized to the weights without external
water, the slopes are 2.015 for Dowex-1, 1.541
for the hydrogen form of Dowex-50W, and 1.60
for the sodium form. When the abscissa is the
weight of the dry glass beads, the ordinate is the
weight of ion-exchanger beads with no external
water.

Figure 1 illustrates these results by exhibiting
the weights of Dowex-1 beads vs. those of glass
beads in water and in sodium chloride solutions.
The weights given are the sums of the weights of
the beads in two crucibles.

Figure 1 also illustrates a disturbance which
we cannot explain. The first two runs with water
agree excellently, as do the three runs with dilute
HC1 made between them. The third water run,
made after those with dilute NacCl, agrees well with
the others at the smaller values of the centrifugal
force, but there is a small discrepancy at 1500 g
and a much larger one at 3000 g. The fact that
the displacement is horizontal shows that the
disturbance arises from too large a weight of the
glass beads. Examination of the curves for the
solutions shows that the disturbance began in the
1 M solution and started to decrease in the next
solution for 1500 g but remained about the same
in the 0.5 and 0.25 M solutions for 3000 g and then
decreased through all the succeeding runs. There
was a similar though much smaller effect with the
Dowex-50W. This was the more troublesome
because the form of this resin was changed with the
1M NacCl run.

The weight of the sodium form of Dowex
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Fig. 1.— Corresponding weights of Dowex 1-X8 beads and
glass beads centrifuged at same time. The weight of dry
glass beads is 33.907.

Fig. 2.— Relative weights of Dowex 1-X8 and of Dowex
60W -X8 beads in electrolyte solutions.

50W-X8 without external water is 1.8% less than
that of the hydrogen form in spite of the 3.8%
increase due to the change of cation. The loss of
water is therefore about 5.6% of the weight of the
wet resin or about 11% of the weight of the water
in the hydrogen form.

The weights of the wet resins in equilibrium with
the solutions relative to the weights when in
equilibrium with whter are shown in Fig. 2. All
weights are for beads without external solution.
The relative weight of the hydrogen form of Dowex
50W decreases approximately linearly in HC1 to a
value of 0.885 at 4 M. The sodium form in NacCl

George Scatchard and N. J. Anderson

Vol. 65

starts to decrease more rapidly but soon changes
more slowly to 0.896 at 5 M. The chloride form of
Dowex 1 starts to lose weight in both HC1 and NacCl
at the same rate as Dowex 50W in NaCl but soon
changes much less rapidly. In NaCl it reaches a
minimum weight between 4 and 5 M, and in HC1
it reaches a minimum at about 1 M and the weight
at 4 M is greater than that in water. A minimum
in the volume of Dowex 1in HC1 has been observed
by Freeman in this Laboratory by photomicros-
copy7and by Nelson at the Oak Ridge National
Laboratory by visual microscopy.8

The fluid imbibed from electrolyte solutions is
not pure water. The resins in equilibrium with
concentrated solutions contain large amounts of
electrolyte. From the measurement of Bauman
and Eichhorn,1 we calculate for Dowex 50 in
equilibrium with 4 M HCL1 that the imbibed fluid
is6% HC1. Dowex 50W should be about the same.
The electrolyte concentration is even higher in
Dowex 1. From the measurements of Nelson
and Kraus9with Dowex 1-X10, we calculate that
the imbibed fluid is about 16% HC1 when in
equilibrium with 4 M HC1, and about 13% NaCl
when in equilibrium with 5 M NaCl. We should
expect the values for 8% cross linking to be some-
what smaller in HC1 and somewhat larger in NacCl
solutions, but not greatly different from the results
for 10% cross linking.

The comparison of the slopes for beads of dif-
ferent materials should be made with slopes
normalized to equal volumes. These values rela-
tive to glass are 0.880for the chloride form of Dowex
1, 0.743 for the hydrogen form and 0.840 for the
sodium form of Dowex 50W. These slopes are
equal to the relative amounts of water held by unit
volume of beads at any centrifugal force.

All the beads are wet by water. They are prob-
ably not appreciably compressed in the centrifuge.
The amount of water retained should then be in-
dependent of the material of the beads and depend
only on the geometry of the bed. The important
factors in this geometry are the sizes of the beads
and the number of contacts per bead, which is
6(12/2) for closest packing of spheres of equal size,
but is decreased by any variation in sizes of beads
in the bed and by accidents of packing. Since
20-50 mesh is 840-300 p, there may well be suffi-
cient difference in size or in size distribution to
account for the measured slope ratios.

The approximate analytical expression given
above may be written Fw/Fb = ax/(l+ bx),
in which Fw/F b is the volume of external water
retained by unit volume of beads, x is 1000/(7,
and a and b are parameters characteristic of the
beads. Since the force acting to remove the liquid
is proportional to G and to the density, p, and the
force acting to retain it is proportional to the
surface tension, y, and to the reciprocal of the
radius of the beads, r, both a and b are proportional
to the ratio y/ pr; a is also proportional to the num-

(7) D. H. Freeman, Nuclear Science Laboratory, Massachusetts
Institute of Technology, Progress Report, October 31, 1959.

(8) Frederick Nelson, private communication.

(9) F. Nelson and K. A. Kraus, J. Am. Chem. Soc., 80, 4154 (1958).
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ber of contacts, but » should be nearly independent
of them. It follows that

(FW/Fb)r = aalVw/VMlaa + (& - &)(FwWFb)d]
if the subscript r refers to the resin and g refers
to glass. The fact that the lines are straight
shows that there must be little difference in 6r
and &, and indicates that there is little difference
between rR and tq, but that the differences in a
are largely due to difference in the number of con-
tacts per bead.

When water is replaced by a solution, all the
parameters are changed in the same ratio by the
changes in y and p. Although we should expect
a change in slope for Dowex 50W as the volume
of the beads changes with changing electrolyte
concentration, no such change is apparent.

The fact that Pepper, lleichenberg and Hale3
found no trend in external water for sulfonated
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polystyrene beads at 285 to 530 ¢ when the radii
varied from 100 to 400 p probably is due largely to
the fact that the retained water was near the
maximum in all their measurements. In terms
of our approximate expression, bx was so much
greater than unity that multiplying both a and »
by four made little change in the external water
compared to their estimated precision of 0.4% of
the resin weight. Moreover the relative size dis-
tribution is probably larger for the smaller beads
and this would reduce the effect of changing size.

We believe that our method gives the weight
of resin without retained external water within
0.2%, and usually within 0.1%. The reproduci-
bility of the centrifuging is sufficient so that a single
centrifugation without glass beads is sufficient to
determine the weight of a resin sample of a type we
have studied.

PROTON MAGNETIC RESONANCE SPECTRA OF FURAN
AND METHYLFURANS

By G. S. Reddy and J. H. Goldstein

Department of Chemistry, Emory University, Atlanta 22, Georgia

Received March 10, 1961

Well resolved n.m.r. spectra of furan, 2-methylfuran and 2,5-dimethylfuran taken at 40 Me./sec. in tetramethylsilane have
provided values of all chemical shifts and coupling constants, except the couplings between the almost magnetically equivalent
protons, H3and H4 These results have been used to assess the effect of methyl substitution at the 2-position on the re-
maining n.m.r. parameters, including CHS-H couplings and the transannular H-H coupling.

Introduction

Simple heterocyclic compounds and their methyl
substituted derivatives have been extensively
studied by a variety of physical techniques, in-
cluding nuclear magnetic resonance (n.m.r.) spec-
troscopy. This latter method is relatively easy
to appW in the case of furan and its methyl deriva-
tives because the spectra are strictly first order
which means that all the theoretical parameters
are easily and directly obtainable from well-
resolved spectra. This communication reports
the results obtained for furan, 2-methylfuran and
2,5-dimethylfuran all studied under comparable
conditions in the highly inert solvent, tetramethyl-
silane. In addition to values for the chemical
shifts and coupling constants for furan, it has been
possible to determine in some detail the over-all
effects of methyl substitution on the spectral
parameters. The substituent effect on the shifts
is at least qualitatively understandable, but the
detailed behavior of the coupling constants ap-
parently requires further study and comparison
with results for other heterocyclic compounds.

Experimental

All of the furans studied were the commercially available
compounds and required no further purification. The
spectra were obtained at 21° using a Varian Model 4300B
High Resolution Spectrometer operating at 40 Me./sec.
and equipped with a Flux Stabilizer. Purified tetramethyl-
silane (TMS) was used as solvent and internal reference
for all the compounds except furan, in which case acetone
was also used to obtain maximum resolution, with 10%
TMS added to serve as an internal reference. Calibrations
were obtained by the usual side-band technique. The

estimated maximum deviation in the calibrated frequency
of any peak is 0.1 c.p.s. However, the separation of any
two closely spaced peaks is believed to be accurate to 0.05
c.p.s., which reduces the uncertainty in the coupling con-
stants to about 0.05 c.p.s. All the spectra were measured
in solutions containing about 10% solute by volume in
order to minimize uncertainties in the chemical shifts
due to concentration effects.

Results

1 Furan—The spectrum of furan in TMS,
shown in Fig. 1, is similar to the spectra previously
reported by Corey, el al.,» and Abraham and Bern-
stein.2 The observed pattern of two triplets about
40 c.p.s. apart, and each with relative intensities
of 1:2:1, led previous investigators to infer equality
of the AB and AB' coupling constants

However, the spectrum of furan dissolved in
acetone, shown in Fig. 2, consists of two quartets
with all peaks of approximately equal intensity.
Since the pattern is essentially first order, it is clear
that ./ab and Jab' must be slightly different,
contrary to the previous results.

The calibrated spectrum is given in Table 1.
The spacings between peaks 1 and 2 and between
1 and 3 can be taken as the two coupling constants
since the spectrum is first order. The values so

(1) E. J. Corey, G. Slomp, Sukh Dev, S. Tobinaga and E. R. Glazier,
J. Am. Chem Soc., 80, 1204 (1958).

(2) R. J. Abraham and H J. Bernstein, Can. J. Chem, 37, 1056
(1959).
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Fig. 1— Nuclear magnetic resonance spectrum of furan in
TMS taken at 40 Me./sec.

Fig. 2—Nuclear magnetic resonance spectrum of furan
in acetone taken at 40 Mc./sec.: A, protons A and A';
15, protons B and B'.

A

Fig. 3.—Nuclear magnetic resonance spectrum of 2-
methylfuran taken at 40 Mc./sec.: A, methyl protons;
B, proton C.

obtained are 1.2 and 1.4 c.p.s., respectively. The
spectrum is independent of the assignment of
these couplings, but it appears preferable to desig-
nate the smaller value as the longer-range, or
transannular coupling, Jab'. The low-field quartet
is reasonably assigned to the protons nearer to the
oxygen atom, and this is verified by the spectra of
the methylfurans. On this basis we obtain gja =
—298.7 c.p.s. and gb = —254.5 c.p.s. in acetone
relative to the internal TMS reference. For
purposes of comparison, however, the chemical

G. s. R eddy and J H. Goldstein
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shifts for furan given in Table IV were obtained
using TMS as solvent and internal reference.

Table |

Observed N.M.R. Spectrum of Furan in Acetone

Freqguency in Frequency in
Peak c.p.s. ?rom ¥MSa Peak c.p.s. from TMS8
1 -300.0 5 -255.8
2 -298.8 6 -254.6
3 -298.6 7 -253.4
4 -297.4 8 -253.2

a About 10% TMS was added to the acetone solution to
serve as internal reference. In this and the succeeding
tables, the spectra were taken at 40 Me./sec.

Note Added in Proof:—We recently have succeeded in
obtaining and analyzing the C13H spectrum of furan, in
natural isotopic abundance. This spectrum has provided
these unambiguous values for all the coupling constants:
JAa = 14 cps., IJbb = 3.29 ops., Tab = 1.75 cps., and Tab'
= 0.85 cps., all within 0.1 cps. These results will be sub-
mitted for publication in the near future.

2. 2-Methylfuran.—The spectrum of 2-methvl-
furan, shown in Figs. 3 and 4, is a first-order
ABCX3pattern. Thus all the shifts and coupling
constants are obtainable from the -calibrated
spectrum given in Table I1.

c i{ JJciis
\%

The chemical shifts can be assigned on the basis
of the observed coupling of the methyl group with
the three ring protons, and from other considera-
tions. From the methyl group spectrum (Fig. .3
coupling constants of 1.1, 0.4 and 0.4 c.p.s. arc ob-

Tabi.e Il

Observed Spectrum of 2-Methylfukan"

Trequenev lirequenev
Peak from TMS Peak no. from TMS
i -287.1 21 -245.8
2 -286.8 22 -245.4
3 -286.5 23 -245.1
4 -286.3 24 -244.7
5 -286.1 25
6 -285.9 26 -244 .4
7 -285.5 27 -244.0
81 -285.1 28 -243.6
9 f 29 -242.8
10 -284.8 30 -242 .4
1 -284.5 3L -242.0
12 -284.3 32 -241.6
13 -284.1 33 -236.4
14 -283.9 341 -235.5
15 -283.6 35 i
16 -283.3 30 [ -234.5
17 -247.7 37 1
18 -247.3 38 ]
39 -246.9 39 > -233.5
20 -246.6 40 J
41 1 48 -229.4
42 > -232.4 49 - 87.9
43 50 - 87.5
44 1 -231.4 51 - 87.1
45 J 52 - 86.7
462}_ -230.4 53 - 86.3
47 J 54 - 85.9

° Entries opposite braces designate overlapping lines.
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tained directly. However, on occasion it has been
possible to further resolve peaks 2 and 5 of the
methyl group pattern into doublets separated by
about 0.1 c.p.s. (These are not shown in Fig. 3.)
It has, consequently, seemed advisable to adjust
the two smaller coupling values to 0.45 and 0.35
c.p.s.

Since the methyl group is expected to couple
most strongly with proton A, and since the high-
field region of the ring proton spectrum (in Fig. 4)
exhibits a coupling of 11 c.p.s., this region is
assigned to proton A. Since it is unlikely that
substitution of a methyl group will raise the chemi-
cal shift of proton C above that of B, the low-
field and middle regions are to be assigned to pro-
tons C and B, respectively. It should be remarked
that couplings of about 0.4 c.p.s., presumably with
the methyl group, are observed in both these regions
of the spectrum.

3. 2,5-Dimethylfuran.—The spectrum of 2,5-
dimethylfuran, shown in Fig. 5, exhibits the de-
gree of resolution obtained in this study. The
middle portion of the methyl pattern is a doublet
with a separation of about 0.1 c.p.s., which indi-
cates that / ax and Ja'x differ by about 0.1 c.p.s.,
as was the case in 2-methylfuran. The observed

chlJ

coupling constants between the methyl group and
the ring protons are 0.4 and 0.3 c.p.s., the smaller
value being, perhaps, more reasonably assigned to
the longer-range coupling.

The low-field region of the spectrum, belonging
to protons A and A‘', is a barely resolved quartet,
which is reasonable since «/ax and / a'x are small
and nearly equal, and the width of the peaks is
sufficient to conceal the additional structure origi-
nating in the two slightly unequal coupling con-
stants.

Discussion

To facilitate comparison of the results, all the
parameters obtained in this study are given in
Table 1V, with TMS as the solvent and internal
reference for all three molecules.

Tabte I

Observed Spectrum of 2,5-Dimethylfuran”

Peak from Trg Peak from g
11 -228.3 7\ -227.1
2J 8/

31 -227.9 9 - 85.8
41 10 - 854
51 -227.5 1 - 854
GJ 12 - 85.1

“ Entries opposite braces designate overlapping lines.

The spectrum of furan, shown in Fig. 2, clearly
indicates that the coupling constants / ab and Jab’
are slightly but unmistakably different, and that
accordingly, the A and B protons do not constitute
magnetically equivalent sets of nuclei. However,
the difference in / ab and Jaw, ~ 0.2 c.p.s., is so
small that effects due to the coupling constants

Photon M agnetic Resonance Spectra of Fukan and M ethylfuran
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Fig. 4.—Nuclear magnetic resonance spectrum of 2-
methylfuran taken at 40 Me./sec.: A, proton B; B,
proton C.

Fig. 5.—Nuclear magnetic resonance spectrum of 2,5-
dimethylfuran taken at 40 Me./sec.: A, ring proton;
B, methyl protons.

Jaa' and / bb' are for all practical purposes not
observable. Similarly, in 2,5-dimethylfuran the
difference in / ax and Ja'x is too small to render
the effect of / aa' observable. On the other hand,
in the analogous heterocyclic compound, thiophene,
/ ab and / ab' differ sufficiently to permit a determi-
nation of J\a'and / ab-.3

In 2-methylfuran the two H-H coupling con-
stants differ significantly, / ab being 1.9 c.p.s.
while Jab’ -Sonly 1.0 c.p.s. This relatively large
change with methyl substitution suggests that
transfer of coupling constants in a series of substi-
tuted heterocyclic compounds3may not be entirely
reliable. In furan the effect of methyl substi-
tution is to increase the H-H coupling across the
double bond and to decrease the long-range H-H
coupling. Accordingly the value of / av obtained
for 2-methylfuran cannot be assumed to hold also
for the unsubstituted furan.

The short-range H-CH 3coupling is almost equal
to the short-range H-H coupling in furan, despite

(3) S. Gronowitz and R. A. Hoffman, Arkiv. Kemi, 13, 279 (1958).
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Table IV
Chemical Shifts and Coupling Constants in Furan and Methylfurans
(at 0)3 0)4 05 13 Jos 25 Ja Js Jib
‘I C -291.9 -250.0 -250.0 -291.9 1.4 1.2 1.2 1.4
XK
- 86.9 -233.0 -244.8 -285.9 1.1 0.4 0.35 3.4 1.0 1.9
ANONCH -,
- 85.45 -227.7 -227.7 - 85.45 0.4 0.3 0.3 0.4

hXx//'xolI\ ch3

the fact that the former coupling involves an
additional intervening bond. However, in 2,5-
dimethylfuran the short-range H-CH 3 coupling is
reduced from 1.1 to 0.4 c.p.s., approximately the
same as the longer-range coupling.

Substitution of a methyl group at the 2-position
increases the chemical shift of the adjacent proton
by about 16 c.p.s., which is about equal to the effect
observed in ethylene.4 The other two proton
shifts are each increased by about 7 c.p.s. A second
methyl group at the 5-position produces correspond-
ing additional increases in the chemical shifts ap-
proximately equal to the above values. Substitu-
tion of a second methyl group also increases the
methyl shift by about 1.4 c.p.s.

()]
press (1961).

In general it appears that the effect of methyl
substitution on the chemical shifts in the furans
is in accord with expectations based on the electron-
releasing properties of the methyl group. These
effects are principally conditioned by the attach-
ment of methyl to an sp2hybridized carbon atom,
but with modifications in detail arising from de-
localization within the ring. The corresponding
effects on the coupling constants are, however, not
as easily explained, but the accumulation of more
relevant data for other heterocyclic systems should
facilitate understanding of these effects.
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Cyclohexane and ri-hexane have been irradiated with X-rays from a 47 Mev. electron synchrotron to produce the reaction
C1Ay,n)Cn. The distribution of the recoil C11in hydrocarbons of low molecular weight has been studied using gas chromato-
graphic separation with a scintillation counter monitoring the exit gas stream. Cyclohexane was irradiated at 30, 0 and
—78° and n-hexane at 30°. The total C1l produced was determined by irradiating carbon under comparable conditions,
burning it to C02 and measuring its activity in the same manner. Under most conditions acetvlene-C1l was the most
abundant radioactive product with up to 15% of the total Cu appearing in this form. Methane-C” and ethylene-Cu were
produced in 2 to 7% yield depending on conditions. Radioactive ethane, propane and propylene were separated; 4-carbon
compounds were observed as a group. Since the yield of C1l was small, no attempts were made to analyze for it in the
parent compound or others of similar size. The results are discussed in terms of various mechanisms for recoil reactions. It
appears that they can be explained on the basis of random fragmentation of the irradiated material by the very energetic

C 11 atoms and subsequent reactions of CuHi radicals with these fragments.

Introduction

To a large extent investigations of the Szilard-
Chalmers effect in organic systems have been
concerned with the recoil effects of halogens in
organic halides. Although these studies have
elucidated several important concepts including
phase, scavenger, and isotope effects,2 and have
led to the formulation of various models23 the
nature of the Szilard-Chalmers effects in organic
systems is as yet imperfectly understood.

(1) Work was performed in the Ames Laboratory of the U. S. Atomic
Energy Commission.

(2) J. E. Willard, Ann. Rev. Nuclear Sci., 3, 193 (1953).

(3) (a) W. F. Libby, J. Am. Chem. Soc., 69, 2523 (1947);

Friedman and W. F. Libby, J. Chem. Phys., 17, 647 (1949);
Harbettle and N. Satin» J, Phyei I1S» 1344 (1953)»

(b) L.
(e) Gi

Because of the difficulties in working with the
carbon isotopes, the study of carbon recoils, which
would be of particular relevance, has received much
less attention. However, within the last several
years a growing interest in the use of carbon-14
recoils for synthesis of labeled compounds has
been evident.4 Wolf and co-workers have studied
recoil reactions of carbon-14 produced by the
N 14(n,p)C 4 reaction in a variety of organic sub-
strates. For example, after the irradiation of a
mixture of benzene and 2-methylpyrazine5 CH4

4)
Labeling Organic Compounds,” Radioisotopes Sci. Research Proc.
Intern. Conf., Paris, Sept., 1957, Vol. 2, pp. 114-135 (Pub. 1958), al<r

Angew. Chem., 71, 237 (1959).
(6) Ai Pi Waif, »! oiii J, Ami Chem, Soei, 7», 2657 (1958),

A. P. Wolf, “Use of Recoiling Carbon-14 as a New Technique i
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was found in benzene and toluene to the extent of
19 and 1.0% of the total produced. Following
hydrolysis of irradiated acetamide,6 C¥4labeled
acetic and propionic acids were isolated; their
combined activity represented about 13% of the
total. A study by Mackay and Libby7of the effects
of CM recoils in w-pentane and isopentane, using
aniline or aliphatic amines as the nitrogen source
of the C14 revealed the production of a variety of
labeled 5-membered and larger hydrocarbons.
Hydrocarbons of less than 5-members were not
resolved but as a group represented 7% of the
activity in n-pentane and about 5% in isopentane.

Only a few investigations have been made in-
volving carbon-11 recoils and these have mainly
been in inorganic systems.8 The short half-life
of carbon-11, 20 minutes, was a considerable de-
terrent to its use until the development of gas
chromatography made possible the rapid separation
of tracer amounts of volatile compounds. Re-
cently Suryanarayana and Wolf9in a study of the
chemical effects of carbon-11 produced by the C12
(n,2n)Cn reaction in benzene found that about
4.5% of the total activity produced was accounted
for in benzene and 2.2% in toluene.

In the present study the recoil products examined
are the low molecular weight compounds contain-
ing C11 produced by the irradiation of n-hexane
and cyclohexane. The reaction C1Xy,n)Cn was
induced with X-rays from the lowa State University
synchrotron. The cross section for the photo-
nuclear process is not large and the beam intensity
was only moderate. Hence, the activity produced
was not sufficient for a determination of all of the
products and the more volatile, low molecular
weight products were the only ones studied. It
was considered that the comparison of a straight
chain and a cyclic hydrocarbon would give a better
insight into the mechanism of the recoil chemical
reaction.

Experimental

Materials.— Eastman Kodak Company Spectro Grade
cyclohexane and Phillips Petroleum Co. Research Grade
n-hexane (99.96 mole % purity) were used after drying
over sodium wire. The various gases used to establish
elution sequences and positions were C.p. Grade from the
Matheson Co. Helium used as a carrier gas was obtained
from the U. S. Bureau of Mines with a purity in excess of
99.99%. Carbon Pearls obtained from Cabot Co. were
freed of absorbed oxygen, nitrogen and water by flushing
with helium at 800° for 12 hours. The carbon was stored
under a helium atmosphere.

Chromatographic Columns.—It was necessary to em-
ploy a variety of columns because no single column could
effectively resolve all of the products. A ten foot silica gel
(14-20 mesh) column was used to separate methane, ethane
and ethylene. After its preparation, the silica gel column
was heated to about 150° and flushed for several hours with
helium gas in order to remove any adsorbed material.
It was always flushed for at least two hours before use in a
particular analysis. In some of the early runs a 12 foot
ethyl acetoacetate column was used (67 g. of ethyl aceto-

(6) A. P. Wolf, etal, J. Am. Chem. Soc., 79, 3717 (1957).

(7) C. S. Mackay and W. F. Libby, “Carbon-14 Hot Atom Chemis-
try of n-Pentane and Isopentane,” Radioisotopes Sci. Research Proc.
Intern. Conf., Paris, Sept., 1957, Vol. 2, pp. 136-145 (Pub. 1958).

(8) (@ F. S. Rowland and W. F. Libby, J. Chem, Phys., 21, 1493
(1953); (b) L. J. Sharman and K. J. McCallum, J. Am, Chem. Soc.,
77, 2989 (1955).

(9) B. Suryanarayana and A. P, Wolf, J* Phya. Chamn 62( 1369
(1958).
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acetate to 100 g. of Celite). This column separated meth-
ane, ethane-ethylene, propane, propylene-propvne, and
acetylene-isobutane, but was of limited usefulness due to
its failure to separate propylene from propyne and acetylene
from isobutane. A more useful separation was provided
by a mixed column with a six foot length of diisodecyl
phthalate and 16 foot length of dimethylsulfolane. This
“DMS-DIDP” column, prepared with 40 g. of organic
liquid to 100 g. of 28-35 mesh Celite, separated methane,
ethane-ethylene, propylene, propane, isobutane and n-
butane. Propyne and the other four carbon materials had
retention times greater than that of n-butane. It was ob-
served for the DM S-DIDP column that the isobutane peak
preceded the acetylene peak, which is contrary to the elution
sequence reported by Fredericks and Brooks.D A 12-foot
dioctyl phthalate column (43 g. of dioctyl phthalate to 100 g.
of 48-65 mesh Celite) provided a good separation of com-
pounds of intermediate molecular weight such as n-hexane
and cyclohexane. All columns with the exception of the
silica gel column were prepared by addition of the organic
liquids in suitable solvents to Johns-Mansville Celite-22
firebrick which had been previously cleaned, fired and
sieved.

Bombardments.— Approximately 1-g. air-free samples
contained in sealed Pyrex ampoules were irradiated in the
X-ray beam at the lowa State University electron synchro-
tron operated at 47 Mev. for a constant time period of 1
hour. The cross section of the C12 (y,n)Cu reaction inte-
grated from threshold to 47 Mev. is ~60 Mev.-mb.1land in
an average run a total activity of the order of 0.3 me./ml.
was produced. The only emitter observed in these experi-
ments was carbon-11.

Low temperature bombardments at 0 and —78° were
made in a tube designed so that the appropriate coolant
surrounded the ampoule during the irradiation.

A 5 mm. thick Synthane plug positioned in front of the
ampoule was irradiated in every run and the C11 activity
produced in the plug served as a monitor for the beam. The
activity of the Synthane monitor was determined by count-
ing the C11 annihilation photo peak with a Nal(TIl) scintil-
lation crystal and a Nuclear Chicago y-ray spectrometer,
Model 1820.

Product Analysis.—The Szilard-Chalmers products were
analyzed and counted according to a procedure suggested
by Evans and Willard.2 In the present investigation the
products of interest were the gaseous hydrocarbons from
methane through the butanes. As produced b the ir-
radiation these materials were dissolved in the irradiated
liquids; solid samples were melted before analysis. The
products were removed from solution by placing the sample
in a cell provided with a fritted disc through which helium
was passed to “flush” the volatile material from solution
on to the column of a Consolidated Eleetrodynamic Corpo-
ration gas phase chromatograph, X26-201. In this process
the volatile substances were completely removed from the
solution and a small amount of less volatile material was
picked up by the helium carrier. This was removed
from the gas stream by adsorption on the chromatographic
column and did not interfere with the subsequent analysis
of the radioactivity.

After separation, the counting rates of the products as
flowing gases were determined by passing the gas stream
through a vial which was placed in the well of a Nal(TI)
well-type scintillation crystal. The crystal, 1.5 inches in
diameter by 1 inch thick with a 0.75 inch hole, had reason-
ably good efficiency for the detected radiation which was the
0.51 Mev. annihilation y-ray from the positron emitted by
Cll. The crystal was mounted on an RCA 5819 photo-
multiplier tube, and the pulses were sent through a cathode
follower to a Nuclear Chicago Model 162 scaling unit
which provided a combination linear amplifier and discrimi-
nator and reduced the background to permit the detection
of low counting levels.

The output from a Nuclear Chicago Model 1620 Rate-
meter and from the thermal conductivity cell were displayed

(10) E. M. Fredericks and F. R. Brooks, Anal. Chem., 28, 297
(1956).

(11) W. C. Barber, W. D. George and D. D. Reagan, Phys. Ben,
98, 73 (1955).

(12) J. Bi Evans and J, E. Willard, 3. Am. Chem, Soc., 78, 2909
(1956),
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on a dual pen Brown recording potentiometer. Flow rates
were determined using a soap-film flow meter suggested by
Keulemans.l3 The Szilard-Chalmers products were identi-
fied by comparing their elution times to those of known
samples. Liquid products were analyzed by the same
procedure except that a 0.1-ml. liquid sample was introduced
directly onto the column by injection with a hypodermic
syringe.

The production of unlabeled decomposition products
was not detected by the thermal conductivity cell. How-
ever, it can be estimated from the dosage received by the
sample that the amount of such products formed ap-
proached the detection limit of the cell which is in the range
of 10“6mole. Typically, the dosage rate was ~500 rad./
min. or 3 X 104rad. during the 60 minute irradiation. This
is equivalent to 1.9 X 108e.v. in 7-ray energy dissipated
in the 1-g. sample. If a G-value (molecules of product per
100 e.v. absorbed) of 5 is assumed as an upper limit for any
one product, ~ 10-7 mole of this product would be present.
The Cu activity produced was ~0.3 me. corresponding to a
production rate of 7.5 X 108min. or a total of 4.5 X 10
atoms of Cu produced. If the average recoil energy is 0.5
Mev., an additional 2.2 X 10“ e.v. would be introduced
into the system from this source contributing ~ 10~9 mole
of products. Only a small fraction of the kinetic energy
of the neutrons would be dissipated in the small sample
since the mean free path for neutrons of this energy is 10
cm. However, since the kinetic energy of the neutrons is
eleven times that of the carbon recoils, this source of de-
composition energy could approach that from the recoils
themselves, but would add < 10-9 mole to the total amount
of decomposition products.

Total Activity.—Eight samples of air-free Carbon Pearls
were bombarded under a helium atmosphere in the same
geometry as the hydrocarbon samples. From these runs,
25 approximately 50-mg. portions of carbon were ignited in a
stream of oxygen and the volatile oxides were counted as
flowing gases according to the procedure previously de-
scribed. All transfers of the carbon samples before ignition
were made in a dry box. The standard deviation of the
25 activity determinations was about 10%.

Activity Calculations.—For each component, the area
under the curve of count rate vs. time was measured with
a planimeter and corrected to the time at which the sjm-
chrotron beam was shut off, using a value of 20.4 minutes
for the half-life of Cu. The result, the counts recorded,
was also standardized to a constant synchrotron flux and 1-g.
sample. No correction was necessary for decay during the
interval between the beginning and end of an activity peak
since this time period was small compared to the CIll half-
life. The corrected area was multiplied by the flow rate
at which the particular component was eluted to obtain a
value for the activity of the component.l4 The ratio of this
value on a molar basis to the analogous value obtained from
the carbon bombardments yielded the per cent, of total
activity associated with the particular component.

Results

In Table I, results are summarized for the ir-
radiation of liquid n-hexane and cyclohexane at 30°
and of solid cyclohexane at 0 and —78°. The
values listed are averages of the number of deter-
minations which is given in parentheses before the
value. The standard deviations in the relative
yields range from 10 to 20% with an average of
about 14%. Since the standard deviation in the
determination of the total yield was about 10%,
the over-all error in the yields was estimated as ap-
proximately 17%.

Cyclohexane.—The irradiation of liquid cyclo-
hexane yielded a number of carbon-11 labeled
hydrocarbons. Acetylene was the major prod-
uct, followed by methane, ethylene and 4-carbon

(13) A. I. M. Keulemans, “Gas Chromatography,” 2nd ed., Rein-
hold Publ. Corp., New York, N. Y., 1959, pp. 58-60.

(14) For a flowing gas the activity is defined by A — Nf/v in which
N is the number of counts observed, in this case the corrected area, f
is the flow rate of the gas, and Vis the volume of the counting cell.
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Table |

Organic Yields of the Low Molecular Weight Hydro-
carbons from ihe C,2(7,n)Cn Process in Cyclohexane
AND n-HEXANE

Yields from
Yields from cyclohexane, % «-hexane, %
Product 30° 0° -78° 30°
Methane  (10)* 6.71  (6)* 5.3* (4 57» (11)» 5.6"
Ethane (4 064 (1) 028 .. 4 1.0
4 4.2 6) 7.4
Ethylene 6) 2.7 G) 2.1 ® 1.7 4 6.3
Acetylene 6) 14 6) 11 4 4.2 (8) 15
Propane  cir e e (2) 0.52
Propylene (6) 0.89 (6) 0.99 14) 0.85 8) 3.1
4-Carbon 4 1.8 6) 2.3 v 1.3 (7) 3.2

"Number of determinations. b Average value of yield.
" Ethane and ethylene were not resolved in these runs and
the values represent the sum of the two products.

compounds. Ethane and propylene, the products
of lowest yield among those detected, were pro-
duced in about equal amounts. No attempt was
made to resolve the 4-carbon material which may
be any combination of 4-carbon hydrocarbons other
than isobutane. The production of carbon-11
labeled propane or isobutane was not observed
and no attempt was made to analyze for propyne.

The phase studies showed that methane, acety-
lene, ethane and ethylene all decreased in amount
with a change from the liquid to solid phase. For
methane, the decrease was noticeable but not large
compared to the standard deviations which were

in the yield value for the experiments at 30
and 0°. In the case of ethane, no activity was
observed in the runs at —78° and its identification
at zero degrees is doubtful since it was observed
in only one run. The yield of acetylene also de-
creased with a decrease in temperature in the solid
state, while the ethylene yield decreased to a lesser
extent and the methane yield remained essentially
constant. The amount of propylene produced
was apparently constant with respect to both
phase and temperature. The change in the amount
of 4-carbon compounds with temperature and phase
probably is not much outside the experimental
error, so that the apparent high value at zero
degrees cannot he considered to be real.

A few qualitative experiments were run on the
nature of the liquid products in the irradiations of
cyclohexane at 30°. Labeled cyclohexane and at
least three other compounds of slightly lower
molecular weight were observed.

n-Hexane.—The nature and amounts of labeled
materials produced in hexane at 30° show strong
similarities to those in liquid cyclohexane. How-
ever, propane was also observed and for almost
every compound the relative amount produced is
greater for n-hexane. Only in the case of methane
was less produced in n-hexane than in cyclohexane
and in this case the difference is of the same magni-
tude as the experimental error. The major product
was acetylene which was accompanied by ethylene,
methane, 4-carbon compounds, propylene, ethane
and propane. The 4-carbon and propylene amounts
were about the same. The experiments to de-
termine liquid products at 30° showed the forma-
tion of labeled hexane together with at least two
other non-volatile compounds.

No studies of the effect of phase were made on
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n-hexane because the low temperature at which
it freezes, —94°, could not be maintained for the
period of the irradiation under the conditions used
in these experiments.

Discussion

Liquid n-Hexane and Cyclohexane.—The energy
of recoil for an atom resulting from a y,n reaction
can be calculated from equation (1), in which
the momentum imparted to the atom by the im-
pinging Y-ray is neglected. In this equation, E

* 4 @+ «>SrTIr

is the 7-ray energy and Q the energy released in
the nuclear reaction; M and m are the masses of
the recoiling atom and the neutron, respectively.
The yield of C1l as a function of the energy of the
bremsstrahlung depends both on the cross section
vs. energy curve for the reaction C22 (7, n)Cn and
the energy spectrum of the beam. Published yield
curvesll indicate that the highest yield occurs
with bremsstrahlung between 20 and 30 Mev.,
with the peak in the production curve at 23 Mev.
Since Q for the reaction is —18.7 Mev., most of the
values of Er will lie between 0.1 and 1 Mev., with
an average value of about 0.4 Mev.

If the recoiling atom does not sever all of its
bonds in the recoil process, a portion of the energy

appears as internal energy of the complex. The
internal energy is given by B
Ei P M @

1M+ M

in which M is the mass of the recoiling atom and
M" is the mass of the substituents attached to it.
Even in the most extreme case in which M"' is one,
the internal energy of the carbon-11 recoil complex
would be about 30,000 e.v., which is greatly in
excess of the 4 e.v. carbon-hydrogen bond energy.
Consequently rupture of all bonds to the carbon-11
is assured.

The unbonded carbon-11 recoil atom is un-
doubtedly ionized as a result of its high kinetic
energy. The energy of an electron having the
same velocity as the recoiling atom is given by

Ea=1ly Er ®3)

in which Me is the mass of the electron. If Ee
is above the binding energy of an electron E&,
there will be a finite probability that the moving
atom will lose the electron. This probability falls
off for Ee > 1?2v-16 Taking the first, second and
third ionization potentials of carbon as 11.3, 24.4
and 47.9 e.v.,I7 the minimum values of the recoil
energy necessary to cause a loss of 1, 2 and 3 elec-
trons are 0.23, (149 and 0.98 Mev. On this basis
a charge of +1 is quite likely, a charge of +2 will
occur frequently, and charges of greater than +2
are less likely.

Consequently it would be expected that carbon-11

(15) H. Suess, Z. physik. Chem., B45, 312 (1940).

(16) F. Seitz and J. S. Koehler, “Displacement of Atoms During
Irradiation” in “Solid State Physics,” Vol. 2, Academic Press, Inc.,
New York, N. Y., 1956, pp. 338-343.

(17) C. E. Moore, “Atomic Energy Levels,” National Bureau of
Standards Circular No. 467, 1949, Vol. |, pp. 21-26.
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N-Hexane and Cyclohexane

recoil atoms would be produced with initial energies
of about C.I to 1 Mev. and charges of +1 or +2.
These recoil atoms slow down, dissipating then
energy by a combination of ionization and excita-
tion processes and collisions in which bonds are
broken and radicals produced. When the energy
of the recoiling atom drops below about 48 e.v.,
carbon-hydrogen radicals such as CnH, Cnli2
and CnHs will form. The corresponding singly
charged species are also possible. However, only
for CuH3 in cyclohexane and n-hexane and pos-
sibly for CnH in cyclohexane are the ionization
potentials for the formation of singly charged ions
less than ‘hose for the organic solvents.8 Hence
in most cases the tagged fragment probably would
be uncharged by the time it entered into reactions.

If it is assumed that the carbon-11 recoil atoms
are incorporated into various hydrogen complexes
when they reach the end of their path, a mechanism
can be constructed by which the observed Szilard-
Chalmers chemistry of liquid n-hexane and liquid
cyclohexane is explained using the Willard *“ran-
dom fragmentation” model.2 That is, products
are formed, either in hot or thermal regions, as a
result of reactions of CUH, CnH2 and CnH3with
free radicals which the carbon-11 produces in
slowing down. In the absence of scavenger experi-
ments the relative contributions of hot and thermal
reactions cannot be assessed; it is assumed that
both occur.

It is difficult to explain the formation of acetylene
in terms of any radical mechanism except one which
involves CnH radicals. The production of CH2
radicals is likely in both irradiated compounds as
recoil atoms are slowed down. The amount of
decomposition by 7-radiation and slowing down of
recoil atoms was not enough to give observable
peaks in the thermal conductivity cell (see above).
However, the concentration of CH2 and other
fragments in the path of the recoiling atom and,
hence, in its neighborhood when it recombines
will be much higher than the average concentration
of these radicals. Interaction of CnH with CH2
by means of the reaction
:CnH + :CH2— > «ClIH=CH2— >

CnH=CH + H- (4)
is, thus, suggested as a synthesis path for acetylene.
The CHZ2 radical could also react with CnH2 and
CnHj by means of the reactions

:CuH2+ :CH>— > CuH=CH2 (5)
and

H-
emits—¢tb — > c"Hs- oii;, (0)

mC"H3+ :CH)

k---> C"H2CH, + H- (7)

On the basis of the smaller yields of ethane and
ethylene compared to that of acetylene it seems
likely that both CUH2 and CnH3 are present in
much lower concentrations than C nH.

A number of reactions are possible between
the CnH, CnH2and CnH3and the methyl, ethyl
and propyl radicals. These are present in the n-

(18) F. H. Field and J. L. Franklin, “Electron Impact Phenomena,”
Academic Press, Inc., New York, N. Y., 1957, pp. 247-270.
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hexane system, as they are in electron radiolysis of
hexane,Band can be produced from cyclohexane by
multiple bond rupture together with subsequent
hydrogen abstraction. Reactions of the types

mCH3+ :CnH — > CHS-CnH — ~ CH2C "H2 (8)
RCHs- + :CnH — > RCH2-CUH = >

RCH=C"H2 (9)
are certainly possible with hot CHH radicals and
likely with cold radicals as well. Of the reactions
ECH3 + :CuH2— *-

H-
CH3—CnH>—> CH3—-C” tI3 (10)

CH=C uH2+ H- (11)

R—CH2+ :CnH2
H-

R—CHK-CnH2— R—CH2-CUH3 (12)

%> CH2ZC uH2+ R- (13)
«CH3+ 'C"H3— »CH3—C”H3 (14)
R—CH2+ -C'dR — > R—CH2-CnH3 (15)

those which lead to the saturated materials can
proceed in the thermal region while those which
lead to ethylene are known to occur in hot proc-
esses.D Since CnH is taken to be the most abun-
dant carbon-11 hydrogen complex, the unsaturated
compounds with three or more carbons, reaction 9,
are favored over the corresponding saturated
materials, reactions 12 and 15. This is in agree-
ment with the relative yields of propane and pro-
pylene in both n-hexane and cyclohexane. Ethyl-
ene is favored by a number of reaction paths,
reactions 5, 7, 8, 11 and 13; consequently, the
rather large yields of ethylene from both compounds
are expected. Presumably methane is produced
by means of hydrogen abstraction in either thermal
or hot processes.

It is of interest to compare these results with
those of Dewhurst1921 obtained by electron bom-
bardment of both «.-hexane and cyclohexane. The
principal difference is in the yield of acetylene.
Little, if any acetylene was observed in the elec-
tron bombardment of these compounds but the

(19) H. A. Dewhurst, J. Phys. Chem., 62, 15 (1958).

(20) E. E. Royals, “Advanced Organic Chemistry,” Prentice-Hall,
Inc., Englewood Cliffs, N. J., 1954, pp. 46-53, 124-138, 312-317.

(21) H. A. Dewhurst, Phys. Chem., 61, 1466 (1957); 63, 813
(19.59).
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yield of ethylene was high, roughly 8 to 10 times
the yields of methane, and ethane. One explanation
could be that in the recoil experiments the fragment
which is ultimately observed due to its label reacts
with other carbon-containing fragments while it is
still in the form of CnH before it picks up additional
hydrogen atoms. In the electron bombardment
experiments, CH2would be the principal form for
the Ci radicals and very few CH radicals would be
formed. Thus, reaction 4 is probably the most
important mechanism for the formation of C2
hydrocarbons in the recoil experiments.

Compounds of higher molecular weight are also
produced. Some of these were detected, e.g.,
C"-labeled hexanes from «-hexane and com-
pounds with 4 to 6 carbons from both «-hexane
and cyclohexane. Since the activity produced was
insufficient for specific identification, little can be
said other than conjecture. Products of reactions
of various radicals, such as butyl, pentyl and hexyl
with the Cu-bearing complex would be expected,
and the CnH2radical would react wdth the original
substrate to form labeled heptanes. The fact
that most of the gaseous products are found in
lower yields from cyclohexane than from «-hexane
probably is due to the production of relatively
fewer methyl, ethyl and propyl radicals in the
former.

Phase and Temperature Effects.—The study of
the effect of temperature on the vyields from
cyclohexane indicates that for the volatile com-
pounds detected there is a definite reduction in
yield with reduction in temperature. This is
particularly true for acetylene but to a lesser extent
for the other compounds. The effect may be due
in part to change in phase but the differences in the
yields of acetylene in the solid state irradiations at
0 and —78° are very pronounced. There is much
less effect for methane and the yields of propylene
are largely insensitive to temperature or phase
changes. These results are insufficient as yet to
serve as a basis for discussing the mechanism,
but it seems likely that thermal reactions play a
fairly important role in the observed processes.
Scavenger experiments will enable relative assess-
ment of the thermal and hot reactions.

Acknowledgment.—The assistance of Dr. A. J.
Bureau and the synchrotron crew in providing the
irradiations is gratefully acknowledged. Mr. D.
B. DeVries assisted in a number of the experiments.
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IN SAPPHIRE BY SOLAR RADIATION
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An appreciable increase in light absorption along the “C” axis in Corundum (a-AUA), after its exposure to an oxygen

atmosphere followed by exposure to solar energy, is found over the range from 230 to 290 m”.

Color centers are induced

by heating in oxygen and an absorption peak at 260 my is further enhanced after exposure to solar energy. Assuming
an oscillator strength of unity for the absorbing center, the optical density is estimated to be increased by about 4.3 X 1016
centers per cc. after exposure to solar energy. The absorption curves show that a color center concentration at the 236 my
energy level is shifted to a higher energy level, 233 my, by the solarization.

A number of authors have reported data for
the transmission of sapphire in the ultraviolet,
visible and infrared regions.1™5 Measurements
have also been made in the Shuman region of the
ultraviolet.6 Rieke and Daniels have studied"
light-induced thermoluminescence of various crystal
phases of aluminum oxide. Woo0d8 and Rindone9
have reported on the “ antagonistic behavior” of
short and long wave lengths, and solar energy, in
forming color centers in glass. No data concerning
the optical properties of synthetic sapphire, after
its “ oxygenation” and “ solarization,” have been
found in the literature. The terms “ oxygenation”
and “ hydrogenation” are used in this paper to de-
scribe the effect of heating crystals at high tem-
peratures in these atmospheres. The term “ solar-
ization’” relates to the net effect of the ultraviolet,
visible and infrared components of solar radiation
in producing changes in the light transmission of
oxygenated sapphire.

Measurements of the transmission of synthetic
single-crystal sapphire spheresl0 have been made
after exposures to (a) oxygen atmosphere, at high
temperatures (1525°) and then (b) to solar radia-
tion. These absorption data are compared with
non-oxygenated, non-solarized disc used as a con-
trol. While the conclusions drawn from these data
are regarded as tentative, they are considered of
sufficient interest, from the stand point of sapphire

(1) G. Calingaert, S. D. Heron and R. Stair, Soc. Automotive Eng, J.,
39, 448 (1936).

(2) R. A. Hunt and R. H. Schuler, Phys. Rev., 89, 664 (1953).

(3) P. W. Levy and G. J. Dienes, “Report of the Conference of De-
fects on Crystalline Solids,” H. H. Wills Physical Laboratory, Univer-
sity of Bristol, July 1954. Also, Phys. Rev., 94, 1409(A) (1954).

(4) National Bureau Standards, NBS Test, 451d-14/47.

(5) R. W. Kebler, “Optical Properties of Synthetic Sapphire, " F-
8727, Linde Air Products Company, Indianapolis, Ind.

(6) R. Bauple, A. Gilles, J. Ramand and B. Vodar, J. Opt. Soc., 40,
788 (1950).

(7) J. K. Rieke and F. Daniels, J. Phys. Chem., 61, 629 (1957).

(8) A. R. Wood and M. N. Leathwood, Nature, 124, 441 (1929).

(9) G. E. Rindone, Report; Reprinted from the Travaux du IV
Congress International du Verre, Paris, 1956.

(10) The optically polished spherical specimens were obtained from
the Linde Company, Crystal Products Division. The samples were
fabricated from alumina powder which showed the following spectro-
scopic analysis:

CaO 0.0030% Mn2D 3 0.0001
Crd2 .0008 NiO .0020
CuO .0003 Si02 .0010
Gazx>3 .0020 Na2d .0010
Fed 3 .0025 AgdD .0001
PbO .0040 Sno, ,0002
MgO ,0001

as a precision lens element, to warrant reporting at
the present time.

The C and A axes in the single-crystal spheres were
determined by the back-reflection method.1l The
Greninger chart and Wulff net were used to orient
the axes of the spheres to within 3° of coincidence
with the X-ray beam line and the axis of a specially
designed holder. The spheres were ground so that
two parallel, optically polished, facets were formed
perpendicular (within 3°) to the axes. Facets
were also ground at 45° to these axes and at right
angles to both C and A axes. The crystal thick-
ness along the “C” axis was 8.8 mm. Reflection
loss for normal incidence at the surface was ap-
proximately 0.076.

The absorption spectra were measured with the
aid of a Beckman DU Quartz spectrophotometer
located in a temperature controlled (25°) room,
over the wave length range of 220 my (5.78 e.v.)
to 1,200 my (1.035 e.v.). Beginning at 1,200 my
the data were taken at intervals of 50 down to 700
my; from 700 to 500 at intervals of 20 my; from
500 to 300 at 10 my intervals and from 300 to 220
m/i at intervals of 5 m”. The sensitivity of the
phototube did not permit reliable measurements
above 1,200 m.y.

In Figs. 1 and 2 are shown the optical density
with energy for light passing along the C axis in
the spheres. Measurements were also made along
the norms to all other pairs of parallel facets and
are recorded elsewhere.2 None of these showed
the “solarization” effect observed along the C axis.13

Figure la shows the method of heating the
specimens in continuously flowing gas. The
system was sealed by a sintered alumina plug
containing a gas inlet and outlet. Gas entering
the system was passed through a drying column
containing calcium chloride, Ascarite, magnesium
perchlorate and activated alumina. The escaping
hot gas passed through a water-bath. The tubings
and sample-holding “boat” were obtained from
Morganite and were specified as fabricated from
material showing a chemical analysis of 99.7%
Al1D 3 Specimens were rested, out of contact
with the alumina boats, on sections of single-
crystal polished rod. The temperature was meas-
ured with an optical pyrometer. The maximum

(11) B. P. Cullity, “Elements of X-Ray Diffraction,” Addison-
Wesley Publishing Co., Boston, Mass., 1956, Chapter 8.

(12) A. F. Gabrysh (unpublished); Institute for the Study of Rate
Processes, University of Utah.

(13) It has been found in other samples that the absorption was de-
creased somewhat if the oxygenated AXB sample was heated IN ft

hydrogen atmosphere (hydrogenated) at around 150Q°i
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Fig. 1.—(a) Method of exposing samples to oxygen atmos-
phere; (b) heating history; (c) control curves represent
three readings on sphere 2 and two readings on a disc (“as
received,” solid curve; after heating in 02 atmosphere,
broken curve). The readings were taken in parallel with
readings on sphere 1 each time the oxygenated sample was
exposed to solar energy.

Energy (e.v.).

Fig. 2.—(a) Curve 1 shows increase in light absorption in
the 230-290 mn range after the oxygenated sample (curve
2) was solarized, (b) Amplified plot of optical density (—log
1 /1d) versus energy: The light curve results when the “Back-
ground” optical density is subtracted from the optical
densitjl after oxygenation (curve 2 minus curve 3 in Fig.
2a). The heavy curve is the result of subtracting the back-
ground optical density from the optical density found in the
crystal after its exposure to oxygen atmosphere followed by
the exposure to solar energy (curve 1 minus curve 3 in Fig. 2a).

temperature was 1525° for a period of 1 hour, Fig.
Ib.

The solid line curves, Fig. Ic, show the optical
density versus energy for the specimens “as re-
ceived” from the manufacturer (and after the crys-
tals were X-rayed, facets ground and polished).
All readings were referenced to 100% transmission,
for each wave length, in an open (free air) path.
The broken lines show the increased absorption after
the samples were exposed to a dry oxygen atmos-
phere in the manner given in la and Ib.
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Curve 1lin Fig. 2a shows the, final optical density
curve of sphere #1 after its direct exposure to the
rays of the sun for a total of 24 hours in three
periods of 8 hours each. The average temperature
of the crystals was about 30°. The temperature
was recorded on a mercury thermometer placed
near the crystals.

After the first exposure of sphere #1 to the solar
energy, readings showed some divergence in the
290-230 m/j range but remained the same (within
0.2%) for the other wave lengths as those ob-
served after oxygenation. Readings from the
control (non-solarized) sphere were taken in parallel
with sphere #1 and were within 0.2% of previous
(oxygenated) readings. Because of the non-
availability of another sphere, a disc, non-oxy-
genated and non-solarized, was added as a further
control. Parallel readings were taken on all three
specimens after the second and third exposures
of sphere 81 to the sun's rays. The data for the
controls, sphere s> and the disc remained within
0.2% of previous readings.

Curve 3 of Fig. 2a is the “background,” 2 is the
curve resulting after the sphere had been exposed
to the oxygen atmosphere, and 1 shows the data
after oxygenated sphere //l was exposed for the
third time to solar energy. From this controlled
experiment one can conclude that the increase in
absorption is not due to a time effect, but is in-
fluenced by solar energy.

Figure 2b is an amplified plot of optical density
vs. energy for the 290-230 m/* region. The com-
pound curves show that both processes, oxygenation
and solarization, influence a common absorption
peak at 260 mu (4.78 e.v.); however, a 236 m/x
peak is merely shifted, after solarization, to a higher
energy absorption, 233 mu. At 260 mp the ab-
sorption coefficient, after oxygenation, is ap-
proximately 0.301 cm.-1 while after solarization it
is approximately 0.327 cm.-1. The absorption
coefficients for the 236 mu peak (before solariza-
tion) and the 233 m” peak (after solarization) are
approximately 0.352 cm.-1. Using the formulas}4
of Smakula, as corrected by Hilsch and Pohl, and
assuming an oscillator strength of unity for the
absorbing center, the color center concentration
at 260 miju in the oxygenated sphere, before solari-
zation, is 2.98 X 10T per cc., and 3.41 X 10u per
cc. after solarization. The color center concen-
tration of 1.24 X 1017 per cc., appearing before
solarization at 236 mu, remains the same as the
absorbing center shifts to 233 n¥x after solariza-
tion.

This study reveals that (1) both oxygenation
and solarization influence a common absorption
peak (260 km), (2) the absorption curve in reality
is compound in nature and (3) the color-center
with lesser density is not influenced in magnitude
by solar radiation but is shifted to a higher energy
level. It is thought that the absorption at 260 n¥x

(14) A/ = 131 X 107n'/(n'2- 2)2amW; where iVo is the density
of absorbing centers, / is the oscillator strength of the transition,
n is the index of refraction, am is the absorption coefficient in cm.-1
at the maximum and W is the width of the absorption curve in elec-
tron volts, at half maxima. The cylindrical volume in the crystal
traversed by the light was about 4.4 X 10“3cm.3 (For a complete
discussion see, F. Seitz, “The Modern Theory of Solids,” 1st ed., p.
664, McGraw Hill Book, Co., New York, N. Y., 1940.)
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results (as suggested in other studies)’ from a
photosensitive couple of oxygen and the Al.Os
crystal lattice inhomogeneities such as aluminum
vacancies and dislocations. The shift of the
lesser peak to a higher energy could, perhaps, be
traced to the direct involvement of trace impuri-
ties, after the crystal is exposed to solar energy,
and lattice strains.

All these samples used above were subsequently
treated differently. For a more detailed analysis,
data will be obtained from a solarized, non-oxy-
genated sample; also, data with respect to the
decay with time of the color-centers induced by
solar energy will be of great importance to the
analysis.

A microscope examination of the sphere specimens
which were used in the above experiment showed
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a small amount of cavitation appearing in the
crystals exposed to oxygenation and solarization.
Cavitation also was produced in straight-rod
samples which were merely flame polished. A
better controlled study should show to what ex-
tent each treatment is responsible for the cavita-
tion and it should help in the understanding of the
role that cavitation has in influencing the forma-
tion of color centers.
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(15) (@) F. P. Clarke, Phil. Mag., 2, 007 (1957);

Report NAA-SR-3339, Atomics International, a Division of North
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The electrolysis of 0.097 and 0.485 weight % sodium amalgams was studied at temperatures up to 344°.

Below approxi-

mately 290° the sodium is transported to the anode; above 290° the direction of transport reverses and the sodium migrates

to the cathode.

This effect, which has heretofore never been observed, is postulated as caused by the thermal decomposi-

tion of “compounds” or associations which persistin the liquid amalgam.

Introduction

Krcmann3showed that when Na amalgams were
electrolyzed, the direction of transport of the Na
and Hg depended on the concentration of the amal-
gam. That is, at 240° for Na concentrations
greater than about 2.0 weight % Na, the Na mi-
grates to the cathode; when the Na concentration
is below 2.0 weight %, the Na migrates to the
anode. This curious effect has been observed in
the Iv-Hg,4Ba-llgdand Na-K5systems. In each
case the concentration of the reversal occurs at,
or very close to, a composition where compounds
are present in the solid phase. Moreover, in
each case the component in stoichiometric excess
of the compound composition migrates to the cath-
ode. It has been pointed out6 that in 38 of 40
binary and ternary alloy systems, the component
with the smallest atomic mass moves to the cath-
ode upon electrolysis. On the basis of this em-
pirical correlation the authors postulated that the
reversal was caused by “compounds,” or associa-
tions, existing in the liquid metal. In the Na-Hg

(1) Taken from a portion of the dissertation submitted by John C.
Angus to the Rackham Graduate School, University of Michigan, Ann
Arbor, Michigan, in partial fulfillment of the requirements of the Ph.D.
degree.

(2) Minnesota Mining and Manufacturing Co., St. Paul, Minne-
sota.

(3) R. Kremann, A. Yogrin and H. Rcheibel, Monalsh. Chem., 57,
323 (1931).

(4) For a review of these experiments see K. Schwarz, “ Klektro-
lytische Wanderung in flussigen und festen Metallen,” J. A. Barth,
Leipzig, 1940.

(5) S. I. Drakin and A. K. Maltsev, Zhur. Fiz. Khim., 31, 2036
(1957).

(6) J. C. Angus, J. D. Verhoeven and E. E. Hucke, Paper presented
to the International Symposium on the Physical Chemistry of Process
Metallurgy, AIME, Pittsburgh, 1959.

system, for example, if an undissociated species
Na,Hgm exists in the liquid state, one would expect
to find predominantly Na,Hgmand Na on the high
Na side of the “compound” composition and Na,,-
Hgmand Hg on the high Hg side. The correlation
then suggests that in these cases a reversal should
occur in the direction that is, in fact, observed.
If this interpretation is correct, one might expect
the reversal to vanish at sufficiently high tempera-
tures if the associations are broken down by
thermal agitation.

In the present work two amalgams (0.485 and
0.097 weight % Na] that show transport of the Na
to the anode at 240° were electrolyzed at tempera-
tures approaching the normal boiling point of the
amalgams.

Experimental

Materials.— Mallinckrodt. analytical reagent grade Na
with areported purity of 99.9% and Merck and Mallinckrodt
A.C.S. Reagent grade mercury was used without further
purification.

Preparation of Amalgams.—Amalgams of known com-
position were prepared in a glove box under dry nitrogen.
Sodium metal was added to previously weighed polyethylene
bottles which were then tightly stoppered, taken out of the
dry box, and reweighed. The Na and enough Hg to make
the desired amalgam composition were then brought back
into the dry box where the amalgamation was performed
in a Pyrex beaker. At room temperature the amalgams
could be handled in air for short periods of time with neg-
ligible scum formation.

Equipment and Procedure.—The electrolyses were car-
ried out in thin walled Pyrex tubes approximately 15 cm.
long and with an inside diameter of 0.075 cm. The tubes
were closed at one end and open at the other. A 0.008 inch
diameter tungsten electrode wire was sealed into the closed
end. The electrolysis tube was situated within a cell con-
sisting of a vertical, 60 mm. diameter Pyrex tube which
was sealed at the bottom. The necessary vacuum and elee-

(b) R. Chang,
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trical connections were made through a brass fitting at-
tached to the top of the large tube. A large, approximately
2000 g ., reservoir of amalgam was placed in the bottom of the
large tube. The apparatus was designed so that the elec-
trolysis tube could be moved vertically without affecting
the vacuum within the cell.

To make a run the electrolysis tube was raised above the
reservoir while the amalgam was stirred to ensure uniform-
ity and thoroughly degassed. The cell was evacuated
to a pressure of approximately 5 X 10_<mm. and the capil-
lary lowered below the surface of the amalgam. (The
amalgams used in this work are completely liquid at room
temperature.) Helium was bled into the cell until the ab-
solute pressure reached from 25 to 45 p.s.i. The helium
pressure served two purposes. First, it forced the amal-
gam into the capillary tube where it made contact with the
electrode at the far end. (The other current electrode was
immersed in the amalgam reservoir.) Secondly, positive
pressure reduced the tendency of small bubbles to nucleate in
the electrolysis tube. These bubbles would grow in size and
would eventually form an open circuit.

The temperature was raised to the desired level by means
of a resistance furnace and the direct current turned on.
After the current was passed through the capillary for the
desired length of time, it was turned off and the tube im-
mediately raised from the reservoir. Several extra tubes
through which no current was passed were attached to each
electrolysis tube. These tubes were for the purpose of
collecting blank samples of the reservoir of amalgam. All
of the tubes were chemically analyzed to determine the
direction and the extent of electrolysis.

The direct current was supplied by Udylite and Nobatron
rectifiers. The drift during the course of the ran and the
ripple were less than 1%. Approximately 1 ampere of the
total furnace heater current (from 3 to 5 amperes) was con-
trolled by an off-on type controller for temperature regula-
tion. The total temperature variation throughout the
course of the runs was normally about +3°. To minimize
convection the top of the liquid metal reservoir was main-
tained hotter than the bottom. The gradient was approxi-
mately 0.8°/cm.

Three capillary shapes were used: (1) straight tubes, (2)
hairpin shaped tubes (one 180° bend), and (3) tubes with
two 180° bends. All three shapes were used in a vertical
position.

During the preliminary experiments the apparatus was
modified so that three electrolysis tubes could be run simul-
taneously. The tubes were electrically in parallel. 1t was
helpful to run several capillaries at once, since at the high
temperatures the capillaries often became open circuited
because of the formation of bubbles mentioned earlier.

Analytical Procedure—The Na was determined flame
photometrically at 589 mp with a Beckman Model DU spec-
trophotometer. The Na was dissolved from the amalgams
with 1% by volume HNO;). The emission in a hydrogen-
oxygen flame was compared with the emission of previously
prepared standard solutions. The analyses of the reser-
voir metal in all cases were within 3% of the weighed in
values. The analyses invariably were lower than the
weighed in values. This probably was caused by the slight
scum that formed on the amalgam during its formation and
subsequent handling in air. The standard deviation of an
individual analysis from a set of blank capillaries was
normally less than 1% of the average value.

Discussion of the Experimental Procedure.—Properly
designed experiments can be used to determine the mag-
nitude of the electrical mobility of the solute atoms as well
as simply the direction of transport. When the electric
field is applied to the liquid alloy, the solute atoms reach a
steady state drift velocity. Solute will cross the reservoir-
capillary boundary. The flux of solute across this boundary
plane per cm.2per sec. is given by the definition of the mobil-
ity

J = ucE 1)

where u is the mobility of the solute in om.2/sec. volt, cthe
concentration of the solute, and E the electric field strength.
By applying the principle of the conservation of mass to
the electrolysis tube equation 1 may be rewritten

where Am is the change in mass of solute in the capillary,
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1 the direct current, , the resistivity, and « time. Notice
that the cross sectional area of the mouth of the capillary
does not appear in equation 2. The experimental method
used here is similar to the one described by Mangelsdorf.7
His method is not readily applicable at high temperatures,
however.

Equation 2 will give correct mobilities as long as the
concentration at the mouth of the capillary remains con-
stant and as long as the only solute flux across the boundary
plane is caused by the electrolysis. The first condition is
easily met by using a sufficiently large reservoir. The
second is met by ensuring that the concentration change
in the capillary does not proceed to the point where a con-
centration gradient is formed at the reservoir-capillary
boundary. When this happens, solute is transported across
the reservoir-capillary boundary by ordinary diffusion.
This diffusion flux will always oppose the solute flux caused
by the electric field, causing the mobility calculated from
equation 2 to be too low. The concentration in the capil-
lary first changes at the closed end of the capillary. There
will therefore be an initial period when the average con-
centration in the capillary will change linearly with time.
If the electrolysis is stopped during this period, equation 2
will give the true mobility. One can test whether back
diffusion takes place by performing experiments with dif-
ferent capillary lengths and for different periods of time.
Any experiment with too short a tube or run for too long a
time will give a mobility lower than the others.8

Results

Test of the Experimental Technique.—The
method was tested by electrolyzing the amalgams
at room temperature. Schwarz4 has previously
measured the mobility of Na in dilute amalgams at
room temperature by two independent methods.
His value was 1.19 X 10~4cm.2sec. volt. In the
present work the average of four runs on 0.485
weight % Na and two runs on 0.0976 weight % Na
amalgams was 1.20 X 10~4 cm.2sec. volt. The
standard deviation of a single determination was
0.20 X 10~4 In view of the rather large standard
deviation the excellent agreement with Schwarz's
value is certainly fortuitous. Clearly, however,
the method gives values that are essentially correct.
The scatter in the data arises from the fact that in
order to calculate the mobility, the analysis of the
capillary tube must be subtracted from the analy-
sis of the reservoir. Since the total change in
composition was normally less than 10%, any
analytical uncertainties were considerably magni-
fied. The capillary shape had no apparent effect
on the results, nor was there any noticeable differ-
ence in the results at the two different concentra-
tions. Sixty cycle alternating current was passed
through three capillaries. No statistically sig-
nificant changes were observed.

Results at High Temperatures—The data are
shown in Table I. The sixth and seventh columns
give the original and final compositions of the
capillary tube. The original composition is taken
as the average of the blank tube analyses. The
last column gives the per cent, confidence of the ob-
served change in alloy composition. It was taken
as 100 — P where P is the per cent, chance that a
blank tube from that particular run could have
given an analysis as far from the mean of the blank
analyses as the capillary in question. Student’s
“t” distribution for n — 1 degrees of freedom was
used, where n is the number of blank tubes. Tor

(7) P. Mangelsdorf, Jr., Chem. Phys., 30, 1170 (1959).

(8) For a more complete discussion of the experimental method see

the Ph.D. dissertation of J. C. Angus, University of Michigan, 1900,
available from University Microfilms, Ann Arbor, Michigan.
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Table 1
Electrolysis D ata
) . WE. of capillary Origirel Firel Confiicence
Capillary Termp., "C. D.c.,« amp. Time, hr. metal, g wt. % Na wt. % Na level of change
1 232 +4.0 27.0 0.9335 0.486 0.506 99.0
2 245 + 3.4 59.0 .9814 A74 .495 94.0
3 286 +2.48 49.75 .8338 .488 .480 56.0
4 342 +3.75 19.0 .9398 480 439 99.9
5 344 -3.09 52.0 .8643 484 538 99.9
6 343 -3.40 31.0 .8803 484 532 99.9
7 344 -2.53 52.0 1.2730 484 512 99.9
8 338 -2.42 48.8 8731 482 514 99.6
)} 338 -2.80 48.8 .8783 482 521 99.7
0 334 + 2.44 30 5 .8269 .0968 .0897 99.5
n 334 +3.22 305 .9398 .0968 .0934 98.0
© 334 +2.095 305 1.0332 .0968 .0929 98.5
° The sign (4- or —) indicates the polarity of the electrode at the end of the capillary.
the capillary run at 286° the confidence level is 15
the per cent, chance that the composition of any
one blank tube lies as far from the mean as the 5 10
capillary through which direct current was passed.
Erom these data one can see that the predicted
reversal of transference direction was indeed ob-
served. The room temperature data and the mobil-
ities calculated from capillaries 1, 2, 3, 4 and 6 in
Table | are plotted vs. temperature in Fig. 1. At
286°, where no significant change was observed, X
the bar indicates the estimated sensitivity of the G-0.5
measurements. A positive mobility means the
Na migrates to the anode; negative, to the cathode. t.-1.0
In order to calculate the mobility from equation 2
it is necessary to know the resistivity of the reser-
voir amalgam and the concentration of Na in the
reservoir in g./cm.l The mass fractions of Na
were converFed to concentrations by multlplylr]g 50 100 150 200 250 300 350
by the density of pure Hg at the temperature in Temp., °C.

question. The error introduced by not using the
densities of the amalgams is negligible compared
to the scatter of the data. The resistivities were
taken from Muller.9 The capillaries not used in
Fig. 1 had significant back diffusion which made
a quantitative estimation of the mobility impos-
sible.8

Discussion

There is support from other types of measure-
ments for the idea that “compounds” do exist in
liquid alkali metal amalgams. Kubaschewski and
CatterallD come to the conclusion that there are
“fairly strong ionic bonds” in the liquid K-Hg
system on the basis of the entropy of mixing of K
and Hg. Aluller91l concluded from his resistivity
measurements that the NaHg2 species may persist
in the liquid state.

The compounds NaHg4and NaHg2are formed at
28 and 54 weight % Na.22 The former melts
incongruently and the latter congruently. Con-
sequently. one might expect Nallg« to be the spe-
cies present in the liquid metal; however, the re-

(9) P. Muller, “Die elektrische Leitfahigkeit der Metallegierungen
im flussigen Zustande,” Doctor’s dissertation, Royal Technical High
School at Aachen, 1911.

(10) O. Kubaschewski and J. A. Catterall, “Thermochemical
Data of Alloys,” Pergamon Press, London, 1956, p. 22.

(11) K. Bornemann and P. Muller, Metallurgie, 7, 396 (1910).

(12) M. Hansen, “Constitution of Binary Alloys,” McGraw-Hill
Book Co., New York, N. Y., 1958.

Fig. 1.— Mobility of Na versus temperature: +, Schwarz's

value; e, this work.

versal of transport direction with concentration
takes place at approximately 2.0 weight % Na.
The associations or “compounds” that persist in
the liquid state may not correspond exactly to the
compositions of compounds in the solid. One
would expect, however, that the composition of
any association in the liquid metal to be in the
general region where strong compound forming
tendencies are found in the solid.

It has been predicted134that in dilute alloys the
solute should concentrate at the anode if it de-
creases the conductivity of the alloy compared
with the pure metal, and vice versa. At 240° the
Na-Flg system obeys this rule. At 340°, however,
the Na goes to the cathode, even though the con-
ductivity decreases with increasing Na concentra-
tion at this temperature.9

Acknowledgments.—The authors gratefully ac-
knowledge the financial assistance of the U.S.
Atomic Energy Commission under contract AT-
(11-1)-771 and the invaluable assistance of Mr.
John Verhoeven in the experimental work.

(13) P. Mangelsdorf, Jr., paper presented to the International
Symposium on the Physical Chemistrj' of Process Metallurgy, AIME,
Pittsburgh, 1959.

(14) F. Skaupy, Z. physik. Chem., 58, 560 (1907).
all of Skaupy’'s works see ref. 4.
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The diamagnetic susceptibility of He (xHe) has been calculated using 14, 18 and 20 term Hylleraas wave functions.
ploying certain assumptions, these values are plotted against the corresponding energies.
would be obtained using a wave function with an infinite number of terms, is (—1-8914 + 0.0002) X 10-6.
recommended as a standard in the experimental determination of the diamagnetic susceptibility of gases.

Em-
XHe, corresponding to that which

This value is
An analysis of

experimental data is performed, most probable values of diamagnetic susceptibilities of gaseous elements are obtained, and
this analysis is used to obtain most probable susceptibilities for gaseous hydrocarbons.

Interest in theoretical and experimental aspects
of molecular magnetism has reappeared, based
seemingly on details connecting molecular mag-
netism and nuclear magnetic resonance spectros-
copy, and catalyzed by the rich variety of appli-
cations to molecular theory and analysis issuing
from nuclear resonance studies.2 The basis for
this relationship centers on electronic effects ob-
served when a molecular system is perturbed by a
magnetic field. Molecular diamagnetism is related
to magneto-electronic effects as seen by an ob-
server external to the molecular system, while
nuclear resonance spectral shifts arise from mag-
neto-electronic effects as seen by an observer re-
siding at a particular site within the molecule.
In discussing elements relating these two experi-
ments, some difficulties, characterized by lack of
precise experimental data, exist. As for example,
theoretical calculations of the diamagnetic suscep-
tibility for the lenver hydrocarbon gases such as
methane, ethylene and acetylene have recently
appeared34 and seem to be capable of high pre-
cision; the need for reliable experimental values is
obvious. Not until very recently, however, have
experimental values for these quantities5been ob-
tained, and, to a certain extent, the values so
determined need more adequate referencing. In
this connection, there is a need for a suitable stand-
ard in experiments designed to investigate the
diamagnetic susceptibility of gases. This dif-
ficulty appears to be related to the nature of present
experimental methods.

In the several experimental methods6-10 that
have been employed for determining the dia-
magnetic susceptibility of gases, the standard
reference value has been the paramagnetic suscepti-
bility of oxygen, x02 In general such methods are
ratio methods with responses that are directly pro-
portional to the values measured. Since the mag-

(1) Support by a grant from the Petroleum Research Fund, Ameri-
can Chemical Society, is gratefully acknowledged.

(2) See for example, Chapters 2, 3, 5 and 7 in J. A. Pople, W. G.
Schneider and H. J. Bernstein, “High Resolution Nuclear Magnetic
Resonance,” McGraw-Hill Book Co., Inc., New York, N. Y., 1959.

(3) In particular see J. Guy and J. Tillieu, Corrupt, rend., 242, 1279
(1956); J. Chem. Phys., 24, 1117 (1956); R. E. Glick and D. F.
Kates, ibid., 33, 308 (1960).

(4) W. Wenter, ibid., 28, 477 (1958).

(5) C. Barter, R. G. Meisenheimer and D. P. Stevenson, J. Phys.
Chem., 64, 1312 (1960).

(6) For general reference to experimental methods see: P. W.
Selwood, “Magnetochemistry,” Interscience Publishers, Inc., New
York, N. Y., 1956, 2nd Ed., Chapters 1-4.

(7) G. G. Havens, Phys. Rev., 43, 992 (1933).

(8) K. E. Mann, z. Physik, 98, 548 (1926).

(9) A. P. Willsand I. G. Hector, Phys. Rev., 23, 209 (1924).

(10) T. Soné, Phil. Mag., 29, 305 (1920).

nitude of the susceptibility of a diamagnetic gas will

beO.Olth or less than oxygen'’s, sensitivity is severely

taxed. Although experimental determinations of x02
do not agree,llaswill be discussed later in this paper,

no serious difficulty arises since a reasonable choice,

based upon theory and experiment, can be made.

It is the purpose of this paper to introduce the value

for the diamagnetic susceptibility of helium,

XH> determined by calculation rather than ex-

periment, as the primary reference.

Presently available quantum solutions arc such
that only for helium can high precision (one part
in a thousand or less) diamagnetic susceptibility
calculations be made. Exact ground state wave
functions are available for helium2 and such wave
functions axiomatically reflect those properties of
the dilute gas that can be obtained from them.
That only ground state wave functions are re-
quired in this calculation can be seen from an
examination of the theoretical expression for
magnetic susceptibility.

The value for the magnetic susceptibility of any
chemical species (x,,, molar) can be obtained from
a three term expression13 a temperature depend-
ent term and two temperature independent terms

Nu2 2,T (n In? NP Ne: .
xra m + 3n N EC En time E (I)

The first term, the leading term for paramagnetic
substances, depends strongly on the number of
unpaired elections in the atom or molecule. The
last twb terms, important for substances with
paired electrons, are the so-called paramagnetic
or high frequency contribution to molecular dia-
magnetism and the classical diamagnetic or Larmor
term, respectively. For substances with paired
electrons the first term is zero.13 For atoms with
paired electrons the second term is also zero.13

It is necessary, therefore, to evaluate (V¥cXI q27)

1
in order to determine the diamagnetic suscepti-
bility of a substance such as a noble gas. The
constants¥4 for the third term in (1) are; Avo-
gadro's number (N), the electric charge (c),
electron mass (o), and velocity of light (c). Also,

(11) Ref. 6, p. 245 f.

(12) C. L. Pekeri.s, Phys. Rep., 112, 1649 (1958), describes a function
determined by the variation method which yields a non-relativistic
energy accurate to 0.01 cm.“1l See also J. C. Slater, “Quantum
Theory of Atomic Structure,” McGraw-Hill Book Co., Inc., New
York, N. Y., 1960, Vol. II, p. 36 f.

(23) J. H. Yan Vleck, “The Theory of Electric and Magnetic Sus-
ceptibilities,” Oxford University Press, London, 1932, Chapter 10.

(14) Values are those due to Bearden and Thomson taken from
C. D. Hodgman, Editor-in-Chief, “Handbook of Chemistry and
Physics,” Chemical Rubber Publishing Company, 40th Ed., p. 3332.
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Tabte |
W ave Function Coefficients

Terms 14 14 18 20
Term
| +1 + 1 +1 +1
u +1.03474 X 10-1 + 1.05602 X If)-' +1.37507 X 10 1 + 1.07770 X 10"1
12 + 1.19705 X 10-2 +1.24325 X 10“2 +1.43009 X 10-2 + 1.39125 X 10~2
s + 3.08547 X 10~3 -1.09544 X 10-2 + 7.53535 X 10“3 -1.35267 X 10"3
62 + 1.37733 X 10 3 + 177158 X 103 + 3.40002 X io-4 +3.27772 X 10~3
u2 -8.09208 X 10-3 -8.04649 X 10"3 -1.00588 X io-2 -1.04978 X 10-2
su + 5.21399 X 10“3 +3.84558 X 10”3 +5.33987 X 10 3 + 5.49697 X 10-3
t2u -1.48873 X 10~3 -1.41782 X 10“3 -2.20582 X 104 -2.17180 X 10*3
V3 +3.94007 X 10~4 + 4.16680 X 10“1 + 7.96309 X 10 4 +8.22586 X 10~4
1202 + 6.61307 X 10-5 +6.54696 X 10 5 +1.98073 X 10 4 + 1.81478 X 1U'4
si2 +7.51844 X 10 4 +5.71026 X 10-4 +4.94663 X 10-' +5 50529 X 104
s3 + 214655 X 10 5 -2.38855 X 10 s + 1.25093 X 10-' -1.63861 X 10 1
taul -3.08377 X 108 -3.69166 X 10“8 +1.54382 X 10 ' +1.52497 X 10-7
>} -9.38369 X 10« -1.02680 X 10“5 -4.52176 X 10-s -4.11474 X 10“4
ub +1.10026 X 10 * +8.13960 X 10 3
U3 -8.89790 X 10"6 -8.35347 X 106
sH2 + 1.39964 X 105 + 102691 X 10-5
s -3.66743 X 10-i +6.09189 X 106
sl2u +7.15755 X 10 *
la +338258 X 0 €
v 1.3617172 1.3033714 1.3504631 1.36686946

A is the radius of the ith electron, and the sum is by

carried over for all electrons.

The wave functions employed for the purpose E =0(s2+ n ©)

of determining E'b2are of the Hyllcraasbtype as
i

given by

P - ye~ksl2 . cimm

@

For equation 2, s, t and u are functions of rh r2
and ri2 the coordinates of the two electrons and
their distances from one another and are given by

s' tmun

s = ri+ r2t—- r2-r,u = ri2

Hyllcraas wave functions as determined by
Chandrasekhar and Herzberg and co-workers1618
have been employed in this study. Those used
contain 14, 18 and 20 terms. The combinations
of s, t and u for these wave functions are given in
the first column of Table I. Rather than determin-
ing clmm, these workers tabulated Gnmks+m+n\
For our purposes, clrmis more useful. These are
also shown in Table I. The electron radii (atomic
units) in terms of the Hylleraas variables are given

(15) J. H. Bartlett, J. J. Gibbons and C. G. Dunn, Phys. Rev., 47,
679 (1935), have shown that Hylleraas wave functions cannot be
“formal” solutions to the Schrodinger equation since recurrence rela-
tions for the Schrodinger equation in this case require that c|mn =
0 for all I, m, n. T. Kinoshita, Phys. Rev., 105, 1490 (1957), in ex-
amining this question, derived a set of functions, s = s, p = u/s, and
g = t/s and constructed a new wave function

“ = rje~22cifmls'~mum~ntn
which is a formal solution to the Schrodinger equation. This set,
containing the Hylleraas function as a subset and. in addition, nega-
tive powers of the variables, satisfies the formal solution requirements
for the Schrodinger equation. These requirements have been given by
T. Kato, Trans. Am. Math. Soc., 70, 195, 212 (1951). Such require-
ments do not preclude the use of Hylleraas functions as sufficient solu-
tions for our purposes, as these functions appear to converge, if energy
is to be the criterion, with sufficient rapidity. This conclusion could
not be dismissed by Kinoshita.

(16) S. Chandrasekhar, D. Elbert and G. Herzberg, Phys. Rev., 91,
1172 (1953).
(17) S. Chandrasekhar and G. Herzberg, ibid., 98, 1050 (1955).
(18) J. F. Hart and G. Herzberg, ibid., 106, 79 (1957).

4 = ye''l2cianslp™q

In the calculation of (*E n2”) all of the in-
i

tegrals are easily evaluated and are of the form
@+ b+ c+ )
(b+ (b + ¢+ z)
The values for the diamagnetic susceptibility of
helium (xiic) obtained by employing the 14, 18
and 20 term wave functions are given in the second
column of Table II.
Tabte Il
The Diamagnetic Susceptibility and Energy of He as

Obtained from Various Hylleraas W ave Functions

X xXm°

Terms (X 106) (X 10«) (a. u) kin cout
14 -1.8888 —2.9037006" 3.85® 3.8499301®
14 - 1.88*5 -1.889 -2.9037009® 3.75® 3.7500555®
18 - 1.8896 -1.890 -2.9037063® 3.85® 3.8499613®
20 -1.8912 -1.8912 -2.90371796 3.876 3.8699977k
@© -1.8914 -2 .9037237e

«Ref. 17. bRef. 18. cT. Kinoshita, Phys. Rev.,
105, 1-190(195").

Before discussing these solutions, the quality

of the wave function must be considered. A
measure of quality would be as follows17: the co-
efficients for these wave functions arc obtained
by the variation method except for the exponential
constant, k. In principle, the best value for the
energy that may be obtained for a given number
and selection of terms will be found when the
k used in the trial function equals that obtained
by relations defining k as a function of the co-
efficients.® Thus k is not an independent variable,
and the best solution must be determined by an
iterative process. As this process required ex-
tensive computational effort, even with high-speed

(19)

general solution k = 2y/ —E. See ref. 12.

Not only are k and E functions of the coefficients, but in the
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Tabie Il

Diamagnetic Susceptibilities of Some Gaseous Elements (X 106)

He Ne Ar Kr Xe H2 N2
Mann* -6.70 -19.4 -27.8 -42.23
Havensl -1.95 -7.85 -19.7 -4.11 -12.24
Hector” —2.04” —7.21° -19.7¢ —4.274 -12.8C
Itoth” -19.7
Abonnenc? -19.7 -29.9 -45.2
Soné” -4.10
BMS* -2.05 —7.08 -19.6¢ -29.5 -45.9
Average' -2,01 —7.21 -19.6 -29.7” —45.5" -4.16 -12.5
Most probable™ -1.89 -7.10 -19.5 -29.6 —45.4 -4.04 -12.4

“K. E. Mann, z. Physik, 98, 548 (1936).
(1924).
Abonnenc, Compi, rend., 208, 986 (1939).
1). P. Stevenson, ,/. Phy.s. Chem., 64, 1312 (1960).
average of XAr from other studies. ' Arithmetic mean.

-2.903705 -2.903710 -2903715 -2.903720

E (AU)).

Fig. 1.—The molar magnetic susceptibility of helium
using “best quality” 14, 18 and 20 term Hylleraas wave
functions (left to right) versus the total electronic energy
as obtained from these functions. The dotted extrapola-
tion terminates at the non-relativistic limit expected from
this type of wave function.

computers, reasonable choices in k are usually
made. The best quality wave function for a given
set of variables, therefore, will be obtained when
Ain equals koat as well as when the energy has been
minimized. In this connection, reference may be
made to the appropriate columns in Table Il for
the 14 term wave function. For this case, the
best wave function will be bracketed such that
Ain will lie between 3.85 and 3.75. This is based
upon the relationship between kmand /cout such that
for the higher choice /gn is less than /it and the
converse is true for the lower choice. The best
quality wave function, however, will yield an energy
that is lower than that in either case.

In treating the magnetic susceptibility data of
Table 11, we make the following assumptions:
(1) the best quality wave function will yield a
magnetic susceptibility, Table Il, column 3, which
varies continuously and monotonically with energy;
(2) this value will yield upon extrapolation to
infinity, where infinity refers to the number of
terms in the expression, the best value for the
XHe  For this extrapolation the energy value for
an infinite series of terms is that of Kinoshita
obtained by employing a similar extrapolation.
These values are given in Table Il, as » entry.

h G. G. Havens, Phys. Rev., 43, 992 (1933).
d A. P. Wills and L. G. Hector, ibid., 23, 209 (1924).
TT. Soné, Phil. Mag., 39, 305 (1920).

¢ L. G. Hector, ibid., 24, 418
Physik, 85, 544 (1933). 7 L.
h C. Barter, R. G. Meisenheimer and

OW. Gerlach and A. Roth, Z

* This is the standard value used in BMS and Hector studies and is the
Average minus —0.12 X 1 0

» Mann’s values not included.

A plot of the diamagnetic susceptibility versus the
energy is presented in Fig. 1. To the extent that
this extrapolation is valid, the limiting molar
diamagnetic susceptibility for helium is —1.8914 X
1(G6 = 0.0002 (chemical scale). There is no
a priori reason to expect that a function derived
from a wave function determined by the varia-
tion method will yield an observable varying in the
same way as does the energy. Nevertheless, on
examining Fig. 1, it appears, even with the limited
data, that this relationship exists.

Although many calculations® of xHe have been
performed, none have taken advantage of the com-
plete wave functions that have been employed in
this study. The value herein obtained should
be accurate to the indicated error "+0.01%,
with the error most probably associated with the
knowledge of the physical constants used in the
evaluation of the last term in (1) rather than un-
certainties in the wave function.

Although experimental values for XHe might
be interpreted as consistent with the. calculated
value, a closer examination reveals some decided
inconsistencies. The values that have been ob-
tained experimentally are: Havens,7 —1.91 X
10~6; Hector,2l —1.88 X 10—6; and most recently,
Barter, Meisenheimer and Stevenson,6 (BMS),
—2.02 X 10~6 The precision in the latter study
is 4%, and less than 1% for the other two.
In order to make a direct comparison between
these various values, however, it is necessary to
adj ust them to a common basis. This is presented
in Table I11.

In Table IIl, all of the determinations of the
diamagnetic susceptibility for gaseous substances
have been collected, and have been adjusted by
three self-consistent ways. (1) In the studies of
Mann,8 Havens7 and Sone,10 xo, has been used as
a standard. The values entered in Table 111 have
been normed to the best theoretical2 and experi-
mental2Z value for the magnetic susceptibility of
oxygen, + 3.42 X ICG3(20°). (2) Abonnenc used
the susceptibility of hydrogen as his standard,
and his values are normed to xnz2as found in Table

(20) For a compilation of these see ref. 6, p. 72, using reasonable
wave functions, susceptibilities in the range (—1.6 to —2.0) X 10“6
are obtained.

(21) L. G. Hector, Phys. Rev., 24, 418 (1924).

(22) M. Tinkham and M. W. P. Strandberg, ibid., 97, 937 (1955).

(23) Ref. 13, p. 266 f.
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I11. (3) The values obtained by Barter, Meisen-
heimer and Stevenson (BMS) and Hector are
normed to XAr as adjusted above. The value of
xAr due to Gerlach and Roth2B was obtained by
an absolute method and has not been adjusted.
The average values are simply the mean.

As is seen from Table Ill, the average experi-
mental value for X+ is —2.01 X 10~6 This is
considerably different from the value herein cal-
culated. As the calculated value is most probably
correct, within the indicated limits of error, the
average experimental value must be incorrect.
Probable values are listed in Table 111, as the final
entry, and are obtained by applying a correction
based on the assumption that the response, under
the various experimental conditions employed,
would be the poorest for the lighter and least
diamagnetic elements. This is consistent with
error, for example, in the study of Barter, Meisen-
heimer and Stevenson and as pointed out by Ger-
lach and Roth24 for Havens' experiment. Both
of these studies used essentially the same experi-
mental method. This adjustment is made by
assuming an absolute error of —0.12 X 10~6
and subtracting this quantity from all values.
In this way, xHe is adjusted to the value calcu-
lated in the study.

xH2 as corrected is found to agree with that
obtained by a direct calculation using the 11 term
James and Coolidge wave function for the radial
part of the susceptibility, (xH,)r the last term of
equation 1; the value® is —4.15 X 10~6 To
this is added the value for the second termz of
(1), + 0.0846 X 10~6as determined from molecu-
lar beam experiments.Z Thus, xh2 theoretical,
equals —4.07 X 10-6, while the experimental
value is —4.04 X 10~8

In addition, it is of importance to re-examine the
values obtained by BMS for other gaseous sub-
stances. The correction is simple multiplication
of the various x’s by 19.6/19.3, the ratios of the
scale values, xAr, used in this study as compared
to that of BMS. These values are recorded in
Table 1V. In addition, ACH2 the increment in
magnetic susceptibility for CHZs in homologous
series, is adjusted to —11.6 X 10~ and compares
favorably with that of Angus,8 —11.68 X 10-6,
in an analysis of the susceptibility of liquids.

(24) W. Gerlach and A. Roth, Z. Physik, 86, 544 (1933).

(25) E. E. Wittmer, Phys. Rev., 51, 383 (1937).

(26) 1. Espe, ibid., 103, 1254 Q956); see also N. F. Ramsey,
“*‘Molecular Beams,” Oxford University Press, New York, N. Y., 1956.

(27) For a discussion of other calculations see W. Weltner, J. Chem.
Phys., 28, 477 (1958).

Diamagnetic Susceptibility of Gases

1555

Tabte IV

Diamagnetic Susceptibilities of Some Gaseous M ole-

cules

Hydrocarbon Gas* Liq.
Methane -17.6
Ethane -27.1
Propane -39.1
n-Butane -51.0 -50.0*
n-Pentane -62.4 -63.3“ -63.05"
Isobutane -51.2 -51.7»
Isopentane -63.9 -6 4 .406
Neopentane -63.9 -63.r
Cyclopropane -39 7
Cyclobutane -40.5
Cyclopentane -57.0 59.2b
Acetylene -21.0
Ethylene -19.0
Allene -25.6
Propylene -31.1 -31.S6
1,2-Butadiene -36.1
1,3-Butadiene -32.5
1-Butene -41.6
Isobutylene -41.3 -4 4 .46
ach/ -11.6

Ref. 5. b S. Broersma, J. Chem .Phys., 17, 873 (1949)

R. Lacher, J. W. Pollock, W. E. Johnson and J. D
Park, J.Am. Chem. Soc., 73, 2838 (1951).

Furthermore, the values obtained for a given
substance in the liquid phase as compared to the
vapor phase agree more closely. This correspond-
ence, that the diamagnetic susceptibility is inde-
pendent of phase, seems to be general for non-
polar substances. Susceptibility measurements on
benzene, for example, quite closely exhibit this
phase independence. Benzene might be expected
to show extreme behavior, based on the decided
magnetic anisotropy found in this system.?®

In summary, this re-examination of the dia-
magnetic susceptibility of gases is based, provision-
ally, on three theoretical x’s: those of oxygen,
hydrogen and helium. It is felt that if more sen-
sitive equipment were to be employed in the de-
termination of diamagnetic susceptibilities, the
absolute standard, xiie: could be employed. This
would require an apparatus approximately two or-
ders of magnitude more sensitive than existing
equipment. Such equipment would not be suitable
for measurement of xo, but certainly sufficient for
all diamagnetic gases.

(28) W. R. Angus, G. I. W. Llewelyn and G. Stott, Trans. Faraday
Soc., 55, 887 (1959); W. R. Angus, F. B. Hollows, G. Stott, D. D.
Khanolkar and G. I. W. Llewelyn, ibid., 55, 890 (1959).

(29) J. Hoarau, N. Lumbroso and A. Pacault, Compt. rend., 242,
1702 (1956).
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The rates of the basic hydrolyses of several ethyl a-haloaoetates were measured at temperatures 15.00, 25.00 and 30.00°

in water and in 49.75 and 91.77 weight % ethanol-in-water.

The effects of halogen substitution and of solvent on the rates of
hydrolyses were determined, and partial explanations of these effects are considered.

Energies and entropies of activation

and Arrhenius frequency factors were calculated from the rate data and are used in conjunction with the discussion of the

rates.

The order of the rates of hydrolyses of the ethyl a-multihalogen-substituted esters was explained on the basis of

inductive effects, while the order of the rates of hydrolyses of the ethyl a-monohaloesters was explained on the basis of

inductive effects in conjunction with other effects.

The dielectric constant dependence of the rates was accounted for by an

equation formerly proposed by Amis and based on electrostatics.

Introduction

This investigation was undertaken to study the
effects on the rates of alkaline hydrolyses of halogen
substitution in esters of the type R-C 02C2H5 where
R is -CH2Z2X1 -CHX2 and -CX*. In these
formulas X represents F, Cl or Br. The effect
of solvent on the rates was of interest as were the
temperature coefficients of the rates.

Experimental

The esters were purified by fractional distillation and
their purity checked by saponification equivalent measure-
ments using a standard sodium hydroxide solution of 1.259 X
10“M 1. In addition their boiling points and refractive
indexes were measured and checked against values recorded
in the literature.2

The values of boiling points and refractive indexes, meas-
ured and from the literature, together with the percentage
purities from saponification numbers are listed in Table I.

The ethanol was purified by the method of Smith.3 The
water used in preparing the aqueous solutions of ethanol and
of sodium hydroxide was always freshly boiled, deionized
water. The water was deionized by passing it through a
column prepared from Amberlite C-211 cation-exchange resin
and Amberlite A-244 anion exchange resin. The freshly
boiled water was allowed to cool in an atmosphere of carbon
dioxide-free air.

Table |

The Measured and Literature Values of Boiling

Points and Refractive Indexes and the Calculated

P urities of the Esters

%

purity

i from

e-----Observed------  --eeeee- Lit. - - NaOH

Ester B.p., "C. B.p., °C. n*D equiv,
EtFAcC 119.5 120 98
EtCIAc 142-144 1.4268 144.2 1.42274 97
EtBrAc 158 1.4554 157-159 1 5420 97
Et-Br2Ac 189-190 1.5014 194 1.5017 99
EtCl2Ac 156-157 1.4372 158.2 1.43860 99
EtCfiAc 165-166 1.4507 168 1.4507 99

Sodium carbonate-free sodium hydroxide was prepared

in the usual manner and diluted with carbonate-free water or
alcohol as the need arose. The solution was standardized
with potassium acid phthalate by titrating to pH of 8.260
in agueous solution and to a pH of 8.560 in alcohol-water
solutions. These pH values were determined from titration
curves. A Bec.kman Model GS pH meter which gave pH
readings over the range 1.000 to 14.000 with a precision of
+0.002 pH unit, was used to determine the pH. From this
standard solution a 3.778 X 10 M solution of sodium
hydroxide was prepared by appropriate dilution.

(1) The authors wish to thank the United States Atomic Energy
Commission for the financial support which made this research possible.

(2) S. Beilstcin, “Handbuch der Organische Chemie,” 4th Edition,
Vol. 11, Berlin, 1020, pp. 193, 214, 197, 203, 219, 209.

(3) E. L. Smith, J. Chem. S o ¢ 1288 (1927).

The glass electrode used was made of special glass which
gave negligible sodium-ion error in the pH range employed
in the experiments and was used in conjunction with a satu-
rated calomel electrode. The potentiometer was calibrated
against a NBS buffer solution of pH 10.00 + 0.02 before each
run.

Volumetric glassware was calibrated using weighing tech-
niques. The temperature of the bath was controlled to
+0.01°, and the temperature was read on a Beckmann
thermometer which had been calibrated against a NBS
thermometer.

The rates of the hydrolyses were studied at 15.00, 25.00
and 30.00° in pure water and in ethanol-water mixtures
containing 49.75 and 91.77 weight % ethanol. Each run
was repeated two or three times and the velocity constant
for the run was taken as the average of the individual con-
stants. The ionic strength was constant at 1.259 X 10“3
in each run.

The run was prepared and its rate of change followed as
described below. The 250-ml. reaction flask was flushed
out with carbon dioxide-free air. Into this flask was
pipetted the required amounts of carbonate-free sodium
hydroxide and carbonate-free water or water-ethanol solu-
tion. The flask was placed in the constant temperature
bath. The materials in the flask were protected at all
times from C 02of the air by passing carbon dioxide-free air,
saturated with vapor of the same composition as the reac-
tion medium, over the sample during the entire time re-
quired for temperature equilibration and measurements.
An amount of ester sufficient to give 1.259 X 10“* M was
weighed accurately in a glass bulb. The bulb was scaled
and the bulb together with the electrodes of the pH meter
were placed in the reaction sample and the entire sample was
allowed 'o come to temperature equilibrium. This required
20 to 30 minutes as indicated by equilibrium of the pH meter
reading. The bulb containing the ester was broken by
means of a glass rod, and the rod and escaping air from the
bulb were used to mix the solution well.

The first pH reading and all subsequent ones were timed
accurately using a stopwatch from the time of breaking the
bulb. The time of making the first reading was, when the
rate was sufficiently slow, 10 to 20 seconds and subsequent
readings were taken at 10 to 15 second intervals until
usually nine readings were taken. This number of read-
ings was the limit for most of the rapid hydrolyses and corre-
sponded to 70% completion for the slower rates. In fact,
the fastest rates studied were 75% complete within 5 to 6
seconds, and the slowest runs required 110-120 minutes
for 70% completion. Most runs required 120-140 seconds
for 70 to 80% completion.

The change of the hydroxyl ion concentration corre-
sponding to the pH change was calculated as follows. Let
A"a and X t be the molar concentration of the hydroxide
ion corresponding to the initial pH of the solution and the
pH at time t. Also let .r be the decrease in concentration
of hydroxyl ion at- time t and a be the initial stoichiometric
concentration of hydroxyl ion. Then

Blots of 1/{a — x) values versus time were made for the
different runs and gave straight lines up to 70-80% com-
pletion. The slopes of these lines gave the second-order k-
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Table 11
T he Basic Hydrolysis Velocity Constants in I. Mole-1 Sec.-1 of Ethyl «-H ai.ocacetates in Water and Water-

Ethanol Solvents

m = 1-59 X JO"8 NaOH

t, °C. % EtOH D
15.00 0 81.8
15.00 49.75 51.8
15.00 91.77 29.1
25.00 0 78.2
25.00 49.75 49.2
25.00 91.77 275
30.00 0 76.8
30.00 49.75 479
30.00 91.77 26.7

chloroacetate
14.7
5.46
1.02
25.8
11.3
1.95
33.2
18.4

fluoroacetate
640 5
3.25
0.36
12.1

6 .79
1.16
18.5
10.9
1.59

4

° o
rwt N Pwe

HoHHH
R A T T
n

w
N
N
|

1 4

values since the concentrations (1.259 X 10-s M) of the
sodium hydroxide and ester were the same in all cases.

Tests were made by adding AgNO.i to samples of several
of the runs for the production of halide ions by hydrolysis,
but in no run was such areaction observable.

This method of measuring the reaction rates was checked
using ethyl acetate. Duplicate runs were made and the
constants obtained were 0.101 and 0.105 1. mole-1 sec.-1
compared to the value recorded in the literature4of 0.108 1.
mole-1sec.-1 at 25°.

Data

In Fig. 1 are plotted representative data of a
run at 25.00° between sodium hydroxide and
ethyl bromoacetate each at a concentration of 1.259
X 10-3 M. The slope of the plot of the I/(a —x)
vs. tin seconds gave a value of the specific velocity
constant k of 31.25 1 mole-1 sec.-1. Four runs
were made under these conditions and the addi-
tional three values of k were 30.30, 34.48 and 32.52
1 mole-1 sec.-1. The average value of k was 32.1
+ 4%. The range of precision was usually 2 to
3% which is good considering the extreme velocity
of these reactions. Our care in weighing, timing,
measuring pH, etc., was such that we feel our
accuracy is as good as our precision.

The specific velocity constants for the hydrolyses
of the various esters at various temperatures and
at various solvent compositions and dielectric
constants are given in Table Il. The precision
values in terms of per cent, are tabulated for the
constants. For three very fast runs the precision
is seen to be only 10-23%. Two values are with-
out precision numbers. In these cases only one
run was made.

Table 111 presents energies of activation, AE,
and the logarithm of the Arrhenius frequency
factor, log Z, calculated by use of the equations

k. _ AEIT, - Ti)
g/~ 2:mRfTI ©
and

log kK = log Z

2.mnr @
Entropies of activation, AA, calculated from the
equation

AS
2.303/f

Iiog X = ’og ?1 +

(3)

are also included in Table I11.
Discussion of Data

Plots of log k vs. the reciprocal of the dielectric
constant were in most cases somewhat curved as is

(4) S. Arrhenius, Z. physik. Chem., 1, 110 (1887).

= ester =
A, ethyl salts; ==precision values are

1.259 X 10-sAf

9% ”
bromoacetate dibromoacetate icﬁloroacetate trichloroacetate

10
2 16.6 + 33

205 £3 90
244 = 1 9.46

H+ 4+

23 370

4 240
3 4 32.7

19.3

H+ 1+
H+ 1+

+
+

1

3

4

3 314
7 6.11
2

3

1

928+ 4 28.6 46.5

Fig. 1.— Plot of I/(a — X) VS. time in sec.

shown in Fig. 2. The signs and magnitudes of the
slope were those predicted by the equation

Zefi

log kn-D = log kD-a + DKTr2 4)

for the rate dependence of a dipolar molecule with
a negative ion.6 If the average slopes were taken
reasonable values of the r parameter were obtained
as shown in Table IV. The terms in equation 4
have the following meanings: A -. and /cD=m
are the specific velocity constants at dielectric
constant 1) and infinity, respectively, Zt is the
charge on the ion, jj the dipole moment of the
molecule, k the Boltzmann gas constant, T the
absolute temperature, and r the distance of ap-
proach for reaction between the ion and dipolar
molecule. The values of r recorded in Table 1V
are of the right order of magnitude for a molecular
radius. These data cover the range of dielectric
constant of 82.0 for water at 15° to 26.7 for 91.77

(5) E. S. Amis, Anal. Chem., 27, 1G72 (1955).
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Tabte 111

Energies of Activation, Arrhenius Frequency Factors and Entropies of Activation

. = 1.259 X 1073 NaOH =

Reagent ~ smeeeeeeeeees AE, cal. mole %--------- —= log Z (15°) corresponding  AS, cal. mole 1deg. 1(15°) correspond-
15.00-25.00° 15.00-30.00° to the two values of AE ing to the two values of AE
Pure water
Ethyl fluoroacetate 10,900 12,300 9.8 10.1 -13.5 -12.1
Ethyl chloroacetate 9,600 9,300 8.4 8.3 -19.9 -20.6
Ethyl bromoacetate 8,000 9,000 7.4 9.1 -24.8 -26.8
49.75 wt. % ethanol
Ethyl fluoroacetate 12,600 14,000 10.1 11.2 -12.5 - 7.5
Ethyl chloroacetate 12,400 14,100 10.2 11.4 -11.9 - 6.2
Ethyl bromoacetate 11.800 12,400 9.8 10.2 -13.6 -11.7
Ethyl dibromoacetate 12,200 10.4 -11.4
91.77 wt. % ethanol
Ethyl fluoroacetate 20,000 17,200 14.7 12.6 + 8.8 - 0.85
Ethyl chloroacetate 11,100 13,400 8.4 10.2 -20.0 -12.0
Ethyl bromoacetate 8,400 11,200 6.3 8.4 -29.5 -19.9
Ethyl dibromoacetate 15,700 15,400 12.3 12.1 - 232 - 3.06
Ethyl dichloroacetate 12,100 12,500 10.2 10.5 -11.8 -10.4
Ethyl trichloroacetate 11,500 11,100 9.0 8.7 -17.4 -18.9
Table IV
Values of r(A.) and Calculated and Observed Values of AEc (cal./mole) in Isodielectric Media
r(A.) Alxcal./mole caled. e AEc cal./mole obsd.-------------- F - AEc (obsd.)/AAc (caled.)------ -
i Temp, range —» Fm===-==15-25° - , o 15-30°------ ~==---1.5-25%--—- . — 15-30°--- -
Dipole e D-Range
moment 81.8- 81.8- 81.8- 81.8- 81.8- 81.8- 81.8- 81.8- 81.8- 81.8-
Reagent (Debyes) 52.8 29.1 51.8 29.1 51.8 29.1 51.8 29.1 51.8 291
Ethyl fluoroacetate 2.09 1.29 610 1930 2400 13,000 2200 8800 3.93 6.74 3.61 4.56
Ethyl chloroacetate 2.64 1.35 710 2210 3900 4,000 5700 7700 5.49 1.81 8.03 3.48
Ethyl bromoacetate 2.64 1.30 760 2390 5600 4,800 4900 6800 7.37 2.01 6.45 2.85
weight % ethanol in water at 30°. This is a wide
range for such data to approximate theory. Cal-
culations were made only for the monohalogen
compounds at 25°. Other calculations were not
made since sufficient dielectric constant data
were available only in these cases. The values for
the dipole moments for ethyl fluoroacetate and ethyl
bromoacetate which are listed in Table IV were
estimated from the ratio of the dipole moments
of p-fluoroanisole, p-chloroanisole and p-bromo-
anisole which were available in the literature6 and
the dipole moment listed in the literature for ethyl
chloroacetate.7
The obedience of the data to the requirements of
equation 4 indicates that the rate-controlling step
of the process is between a negatively charged ion
and a dipolar molecule. This is in harmony with
the mechanism proposed by Hammett8 which is
ol
]
R—O [O—H] - R—g_—f)H
O—R' |[0—R' _
/" .
R--C + [0—RTm (5)
~O-H
Since this is an ion-dipolar molecule mechanism,
/b X 10"2

Fig. 2.— Relationships between the velocity constants of
the ethyl a-monohaloaRptatos and the dielectric constant of
the tsaatjon medium,

ethyl a-haloacetate =

1.259 X 10_3M

(6) N. W. Sidgwick, Trans. Faraday Soc., 30, Appendix (1934).

(7) R.J. W. La Ferte and H. Vine, J. Chem. Soc., 1795 (1938).

(8) L. P. Hammett, “Physical Organic Chemistry,’* MeQraw"HiU
Coi, InCi, New Yefk, Ni Y», 194Q( p, 355,
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the coulombic energy of activation, AEG can be
calculated using the equation9

In this equation, Ze, 4 and r have the same meaning
as in equation 4 and AD is the difference between
dielectric constants D-, and Dx The results using
this equation are recorded in Table 1V, where a com-
parison of calculated and observed coulombic
energy values are given for isodielectric solvents.
Isodielectric data for the velocity constants, and
hence for energies of activation, were obtained by
reading from Fig. 2 values of log k for all mono-
halogen esters and all temperatures at the same
dielectric constant. Three such dielectric con-
stants were chosen, namely, 81.8, 51.8 and 29.1.
Again calculations were made only for those sub-
stances for which sufficient dielectric constant data
were available and the dipole moments of which
could be found in the literature or estimated in a
reasonable manner from data in the literature.
The calculated values of AEc are those correspond-
ing to the dielectric constant range used in making
the activation energy calculations. Agreement
between calculated and observed values of coulom-
bic energies have been observed down to a dielectric
constant of about 40AD Variations between
calculated and observed values of AEc have been
attributed to enhancement of the moment of the
molecule by the solvent medium.1 From equa-
tion 6 if the moment n of the dipolar molecule is
enhanced, the coulombic energy would be greater
than the coulombic energy calculated using the
normal moment of the dipolar molecule. The
ratios between calculated and observed values
in the present case have different trends depending
on the range of the dielectric constant and, hence,
apparently the comparatively large values of ob-
served coulombic energy are not due entirely to
enhancement by the solvent medium of the dipole
moment of the ester.

From comparison of the rate constant values
recorded in Table Il for the hydrolyses of the
halogenated ethyl acetates with the values from
the literature4 for the unhalogenated ester, it can
be seen at like temperatures in like solvents (pure
water, for example) that the monofluoroester
hydrolyzes about 120 times as fast, as the un-
halogenated ester. The monochloro- and mono-
bromoesters hydrolyze about 260 and 320 times
as fast, respectively, as the unhalogenated ester.
The polyhalogenated esters react much faster in
proportion. This is attributed to an inductive
effect whereby the halogens attract electrons to
themselves and leave the carbonyl carbon more
electropositive, thus increasing its attraction for
the negative hydroxyl ion and making the col-
lisions of the hydroxyl ion with the reaction center
more energetic, and thus increasing the rate of
hydrolysis. The lower estimated dipole moment
of the fluoroester as compared to the chloro- and
bromoesters might indicate the smallest inductive
effect for the fluoroester and, therefore, the slowest

(9) E.S. Amis, J. Am. Chem. Soc., 63, 1606 (1941).

(10) E. S. Amis and F. C. Holmes, ibid, 63, 2231 (1941).
(11) J, E. Pott», Jr, and Et  Amis, ibidi, 71, 2112 (1949).

Rates of Alkaline Hydrolyses of Ethyl «-Haloacetates

1559

rates of hydrolyses of this compound as was ob-
served in the different media. However, from the
standpoint of electronegativity only, if the induc-
tion were the whole story the order of increase
should be in the order bromo, chloro, fluoro for the
monosubstituted compounds. The reverse is true
for this series in all but the lowest dielectric con-
stant solvent containing 91.77% EtOH. However,
the inductive effect does predict correctly the order
of increase in the case of the polysubstituted halo-
gen esters—the rates increasing in the order di-
bromo-, dichloro-, trichloroacetate (see Table I1).

There is a noticeable regularity in the ratios of
the observed to the calculated coulombic energies.
If from Table 1V the ratio of the observed to cal-
culated coulombic energies of the monosubstituted
halogen compounds is inspected for the higher di-
electric constant range (he., the 81.8-51.8 range),
it will be seen that the value of the ratio increases,
with one exception, from the fluoro- through the
chloro- to the bromohalogenated compound which
is just the order of the relative increase cf rates
from Table Il. Thus there is a second influence
which governs the relative increase of rates though
all are enhanced by induction. This second
effect has an enhancement in the same direction as
the enhancement of coulombic energy by halogen
substitution, and in the opposite direction to the
values of the ionization constants, 1%, of the
halogenated acids which are in dilute aqueous
solution 21 X 10% 152 X 10% 1.35 X 10“3for
the fluoroacetic, chloroacetic and bromoacetic
acids, respectively. There is a larger difference
in the hydrolysis rates in going from fluoro- to
chloroester than in going from chloro- to bromo-
ester. In the solvent of lowest dielectric constant
(91.77 weight % ethanol) there is an increase in
the rate of hydrolysis in going from fluoro- to chloro-
ester and then a decrease in going from chloro- to
bromoacetate. The differences in the ratios of
coulombic energies for the esters in this solvent
range with one exception decrease in going from
fluoro- to chloro- to bromoester. This directional
trend in the ratios of observed to calculated coulom-
bic energies is just the opposite to that in the range
of solvent having higher dielectric constants, that
is, in water and in 49.75 weight % ethanol.

Consider the resonance forms of carboxylic acid
esters

@) <
/
R—C <o > R—(.j,
\
oc:hs o+tcaf
A B

whereR isGIF-, FCH2, CICH*-, BrCH2. Suppose,
as influenced >y the inductive effect at higher di-
electric constants of the solvent, resonance form
B with its double bond between the carbon and the
ethoxide group is favored more by fluoro-substi-
tution than by chloro-substitution. Suppose also
under these conditions that the form B is favored
more by chloro- than by bromo-substitution. As a
consequence, the hydrolysis would increase in
going from fluoro- to chloro- to bromoester, since
the double bond character of the bond between
carbon and the ethoxide group would make this
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bond more stable than would be the single bond
between carbon and ethoxide in resonance form A.
This is reflected in the trend toward larger energy
of activation in the higher dielectric constant range
for the fluoro- as compared to the ehloroester
hydrolysis and for the chloro- as compared to the
bromoester hydrolysis. The coulombic energy of
activation is the opposite of this, perhaps due to
the electrostatics of the approach of the hydroxyl
ion to the two resonance forms. This whole
effect, it must be remembered, is a secondary ef-
fect imposed on a large inductive effect.

In the 91.77 weight % ethanol solvent ap-
parently the relatively large proportion of resonance
form B is still present in the fluoroester, but not in
the ehloroester as compared to the bromoester.
This possibly arises from some specific solvation
effect. Thus fluorine with its strong hydrogen
bonding characteristics might cause the fluoro-
ester to cling more tenaciously to the last traces
of water than would the chloro- or bromoesters.
When this low dielectric constant solvent is in-
cluded in the coulombic energy calculations, the
trends in AEc and the trends of the ratios between
observed and calculated values are reversed from
those obtained using the higher dielectric constants.
The total energies are not far different in their
trend in this solvent from that of the solvents of
higher dielectric constants.

In the di- and trisubstituted esters, this second-
ary effect is not observed, and the increase in the
rate of Irydrolysis in going from dibromo- to di-

Louis J. Stiff and P. Ausloos
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chloro- to triehloroester is that expected from in-
ductive effects. The total energy of activation
reflects this trend since it decreases in going from
the dibromo- to the dichloro- to the trichloroester.
Sufficient dielectric constant data were not avail-
able to make possible the calculation of coulombic
energies.

The large negative entropies in most all cases
perhaps indicate a more rigid intermediate than
initial reactant state. The trends of the entropies
and Arrhenius frequency factors are similar to
that of the energy of activation.

There is a possibility that hydrogen bonding with
solvent might influence these relative rates.
Fluorine is a strong hydrogen bond forming element,
chlorine less so and bromine maybe slightly so.
Hydrogen bonding might be expected to enhance
inductive effect. If, however, hydrogen bonding
hindered inductive effect, fluorine would be most
influenced, chlorine next most, and bromine least
influenced, especially in water or water-rich sol-
vents where hydrogen bonding is prominent. Thus
the reversal of relative rates as expected from in-
ductive effects and as observed in this investigation
for monohalogen esters in water-rich solvents might
occur. Also in the lowest dielectric constant
solvent, the fluoroester, due to the strong hydrogen
bonding characteristics of fluorine, might cling
more tenaciously to water than would the chloro-
or bromoester. Thus in 91.77 weight % alcohol,
the fluoroester would continue to show a relatively
less inductive effect.

VAPOR PHASE 7-RADIOLYSIS OF ACETONE!

By Louis J. Stief2and P. Ausloos

Division of Physical Chemistry, National Bureau of Standards, Washington, D. C.
Received March 17, 1961

The effect of scavengers, pressure, temperature and added xenon on the vapor-phase radiolysis of acetone-ch and acetone-

acetone-ds mixtures has been investigated.
to those occurring in the photolysis of acetone-d.

Most of the results can be explained on the basis of free radical reactions similar
Values for the ratio of rate constants h/iAA for the reactions CDs +

cp3cocp3 -/-CD4+ cpz2cocps (1) and cps + CD3—mc2ps6 (2) determined from the radiolysis data are in excellent
agreement with values based on photolysis experiments, indicating that methane and ethane are formed by the reactions of

thermalized methyl radicals. M
occurrence of molecular elimination processes.

Introduction

The vapor-phase radiolysis of acetone3is known
to yield carbon monoxide, methane, ethane, ethyl-
ene and hydrogen. Certain minor products, such
as acetylene and propylene were also reported.
The effect of temperature4 on CD4(C D6Lj[CD3
COCDa3]) values suggests the possibility of certain
similarities between radiolysis results and photo-
chemical data5 for aeetone-d6. The present in-
vestigation was undertaken to establish the extent

(1) This research was supported by a grant from the U. S. Atomic
Energy Commission. (Presented in part at the 138th Meeting of the
American Chemical Society, New York, N. Y., Sept. 1960.)

(2) National Academy of Sciences-National Research Council,
Postdoctoral Research Associate, 1960-1961.

(3) P. Ausloos and J. Paulson, J, Am. Chem. Soc., 80, 5117 (1958).

(4) P. Ausloos and J. Paulson, J. Phys. Chem., 62, 501 (1958).

(5) E. Whittle and E. W. R. Steacie, J. Chem. Phys., 21, 993
(1953).

Methane and hydrogen formed in the presence of scavengers are mainly attributed to the

of the similarity and to provide more extensive
data in an attempt to corroborate the results ob-
tained in the radiolysis of azomethane.6 The deu-
terated compound was chosen because it enables
us to distinguish between abstraction from acetone
by methyl (yielding CD4 and abstraction from
water4 on the wall of the reaction vessel (yielding
CD®H). Since this effect is more pronounced in
the radiolysis system,4 we must be able to make
such a distinction in order to get a better com-
parison between the photolysis and radiolysis results.
In addition, abstraction reactions are favored over
radical-radical reactions due to the small steady
state concentration of radicals arising from the low
intensity of absorbed 7-rays in vapor-phase experi-
ments. This limits the temperature range in

(6) L. J. Stief and P. Ausloos, J. Phys. Chem., G6, 877 (1961).



Sept., 1901

which measurable amounts of ethane may be ob-
tained. The somewhat higher activation energy
for abstraction for the deuterated compound should
enable us to extend the temperature range over
which the rad olysis is investigated.

Experimental

Materials.— Acetone-d6é was obtained from Merck and
Company, purified by vacuum distillation and stored in
contact with Drierite at —80°. Mass spectrometric analy-
sis showed that the acetone was 99.5% deuterated. As-
sayed reagent grade oxygen and xenon were obtained from
the Air Reduction Company, Inc., and used without further
purification. Phillips research grade ethylene and Eastman
Kodak “ Spectrograde” CH3COCH?3were purified by vacuum
distillation. Nitric oxide, obtained from the Matheson
Company, Inc., was purified by distilling a sample from a
tréalfo%t —160° to a trap at —195° and then degassing at

Irradiations.— The 2,000-Curie cobalt-60 y source at the
National Bureau of Standards was used in this investiga-
tion. The procedure has been described previously.6
The Pyrex cells were thoroughly flamed out on the vacuum
line before introducing the acetone in order to minimize as
much as possible the effect of water absorbed on the walls.
Conversions were between 0.003 and 0.05%; the majority
of the experiments were done at less than 0.01% conversion.

Analysis.—The analytical procedure was essentially the
same as that described previously.6 Hydrogen, methane
and carbon monoxide were removed at —196° (or —210°
for experiments with CH,, NO or Xe present), and ethane
and ethylene at —170°. All fractions were analyzed in a
Consolidated 21-101 mass spectrometer. The distribution
of the isotopic methanes was calculated from cracking pat-
terns reported in the literature.7 The c3 fraction in these
experiments was usually less than 1% of the CO yield.

Dosimetry.— The G-value for any of the products from
the vapor-phase radiolysis of acetone-dé may be obtained
by multiplying the rate per mole (cc. (NTP)/min.-mole)
by the factor 135. This is based on the measured hydrogen
production in the radiolysis of ethylene, assuming the value
Gh2= 1.3 molecules/100 e.v.8

Results

The principal gaseous products of the 7-radiolysis
of acetone-d6 are CO, CD4 CD6and D2 CD4
was also detected in yields up to 10% of the CO.
There were no evident trends in C2D4 production
with pressure. Under conditions where CZ2D4
could be measured with sufficient accuracy (CD4
greater than 10% of the CD6), there was no effect
of scavengers or temperature on the C2D 4 produc-
tion. H2is also produced in varying amounts and
is particular” significant at low pressures and high
temperatures.9

The results obtained in the radiolysis of acetone-

(6 are shown in Tables I, Ill and IV; those ob-
tained in the radiolysis of acetone-acetone-d6
mixtures are shown in Tables Il and V. All

results have been expressed in rates (cc.NTP/min.)
per mole of acetone present. This has been done
in order to make comparisons between experiments
performed at different pressures of acetone, since
increased pressure leads to increased absorption of
energy. The effect of conversion (dose), scaven-
gers, pressure, temperature and xenon on the
principal products can be summarized as follows.

Conversion.—A fivefold increase in dose has no

(7) F. L. Mohler, V. H. Dibeler and E. Quinn, J. Research Natl.
Bur. standards, 61 171 (1958).

(8) M. C. Sauer Jr., and L. M. Dorfman, Abstracts 137th Meeting
American Chemical Society, April, 1960

(9) While the formation of HD is essentially completely inhibited by

scavengers, ll2 is relatively unaffected. This indicates that H2 is
formed molecularly, possibly from water absorbed on the wall.
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effect, within experimental error, on the yields of
any of the products at 50.5 mm. and 16° (Table
11).

Table |

R abiolysis of ACETONE-d6: E ffect of Scavengers

CD3COCD3, 50.0 mm.. at 25°; reaction temp., 16°; n. d,,
not determined
No 0?. NO CaH*
scavenger  £° ) (1%? (3%)
o & Zmin.-mole X 102
CcO 2.67 4.23“ 2.38 2.54
CD, C.653 0.093 0.029 0.365
CDH C.133 < 01 < .01 0.280
C,Ds 2.30 053 .098 n.d.
d2 1.15 697 .658 0.700
HD 0.096 < .01 < .01 <0.01

“ CO is a product of the oxidation reaction.

Tabte Il
R adiolysis of ACETONE-ACETONE-rV.

Scavengers

CfhCOCH;,, 50.0 mm. at 25°; CD3COCD3 50.0 mm. at 25°;
reaction temp., 16°

E ffect of

No 0.6 NO
scavenger (0.2%) (1%)
Cc. (NTP)/min.-tnole X 102

CO 2.59 2.93“ 2.64
CD, 0.185 0.029 0.028
CD.H 522 .011 .015
CH.D .118 < .01 < .01
CH, 577 .039 .039
d2 .282 .245 .254
HD .902 116 131
H2 1.14 .393 .355

“CO is a product of the oxidation reaction. 6 Average

of two experiments.

Scavengers.— In the radiolysis of CD3OCD3the
CO production is not altered by the presence of
nitric oxide or ethylene (Table I). The effect of
oxygen is masked by the production of CO in the
oxidation reaction. Oxygen and nitric oxide
reduce CD4and CD6 by about 95%. D2is re-
duced by 40% in the presence of ethylene, oxygen
or nitric oxide. The formation of both CD3
and HD is essentially inhibited by scavengers.D
For the system CH3OCH3CD3XOCD3 (Table
1), CD4 and CH4 are the principal methanes
formed in the presence of scavengers while CD3H
and CH4are the most important methanes formed
in the absence of scavengers. The yield of HD
is more strongly reduced than that of either H2
orD2

Pressure.—The rates of production of CO and
D2 per mole of acetone present (relative (?) are
independent of pressure from 2.0 to 130.5 mm.
of acetone (Table Ill). The yield of CD3H is
more significant below 10 mm. than it is at higher
pressures. Above 10 mm. it varies between 5 and
10% of the CO, independent of pressure of acetone.
The yield of HD is also more significant at low
pressures.

Temperature.—The effect of temperature on the
acetone-ds radiolysis is shown in Table IV. At all
but one temperature, experiments were done in

10
ab(str;ction of an H atom from a H20 molecule adsorbed on the wall.

The amount of CD3H and HD is too large to be accounted for by in-
complete deuterabion of acetone

This means that these products probably are formed by the
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Table Il

R adiolysis of Acetone-fA' Effect of Pressure

Reaction temp., 16°

Pressure (mm. at 25°) 2.0 5.0 10.0
Reaction time (min.) 2990 963 1130
3c. (NTP
CoO 511 3.08 291
CDh4 ).266 0.465 0.392
CDH L58 0.835 0.150
CD6 i.d. 2.09 2.67
Da L 13 0.991 101
HD 3.621 0.063 0.179
CP6+ VitCD« + CDaH) 0.89 1.01

Cco

the absence and in the presence of a scavenger.
Although there is some scatter in the results, the
rate of production of CO shows no obvious trend
and may be considered independent of tempera-
ture, at least up to 154°. The methane and ethane
formed in the presence of scavengers are ap-
proximately the same at all temperatures up to
195°; above this temperature, the scavenging
effect of oxygen is doubtful.

Xenon.—The effect of xenon on the radiolysis of
acetone-acetone-d6 mixtures is shown in Table V.
The yields of CO, D2 HD and IL are approximately
proportional to the pressure of xenon. The yield
of the methanes is relatively unaffected. Assuming
that (a) ionization or excitation is proportional
to the total number of electrons in the system,
and (b) the CO vyield is proportional to the G-
value for decomposition, it may be calculated
that, for 100 mm. of acetone and 200 mm. Xxenon at
16°, the efficiency of transfer of energy from xenon
to acetone corresponds to 0.69. A value of 0.71
was obtained under similar conditions for the
system xenon-azomethane.6 The last columns
of Tables Il and V show the effect of xenon on the
methanes and hydrogens formed in the presence
of scavengers. All increased upon addition of
xenon.

Discussion

Primary Events.—The experimental results are
consistent with the occurrence of the following
initial chemical conversion

CDXOCD3— CD,CO + CD3 m
— D + CDsCOCD, an
— mD2+ CDCOCDs aD
—  CD. + CDXO (1v)

The fact that the CO production is independent
of temperature from 16 to 1543 suggests that the
acetyl radical, formed in the primary dissociation
process I, is “hot” and undergoes immediate de-
composition. Also, the formation of thermal
acetyl radicals should lead to values of CD6+
1/12(CD4+CD 3H)/CO (see discussion of secondary
reaction for basis of this ratio) considerably less
than unity. Finally, the fact that biacetyl has
not been detectedll in the radiolysis of acetone
is evidence against the presence of thermal acetyl
radicals. Assuming that the acetyl radical which

(11) J. F, Paulson, Doctoral Dissertation University of Roohester,
195%,

n.d., not determined

25.0 50.5 50.5 80.0 100.0 130.5
303 191 930 162 367 157
102
2.90 2.43 2.78 2.95 2.63 2.70
0.709 0.769 0.654 0.669 0.718 0.750
0.167 0.154 0.207 0.286 0.161 0.221
2.85 2.53 2.70 2.37 2.25 2.28
1.06 1.28 1.20 1.08 1.15 0.744
0.161 0.118 0.106 0.116 0.093 0.032
1.13 1.23 1.13 0.97 1.02 1.02

may initially be formed in process | decomposes
according to

CD3X0 — > CD, + CO

two methyl radicals are produced for every CO
molecule.

In the radiolysis of acetone-dg the reduction of
the D2yield in the presence of scavengers is con-
sistent with the occurrence of process Il, followed
by the abstraction reaction

D + CDaCOCDs — D2+ CDZ0OCD3

The formation of HD in the radiolysis of acetone-
acetone-c?6 mixtures, as will be shown later, is also
evidence for the removal of an H and D atom from
CH:COCH: and CD:;COCD3 respectively. The
acetonyl radical produced in process Il may de-
compose as a result of excess energy carried over in
the process
CDX0OCD3— > CDXO0 + CD3

Acetic acid, which would result from the reaction
of ketene with water, has been shown to be an
important product in the vapor-phase radiolysis of
acetone.l Also, the fact that CD6+1/2(CD 41-
CD3H)/CO is sometimes larger than unity indi-
cates that there may be another source of methyl
radicals in addition to process I.

In the radiolysis of acetone-acetone-d6 mixtures
in the presence of scavengers, HD is reduced to
about 10% of its value in the absence of scavengers.
Thus the contribution of hot hydrogen atom or ion-
molecule processes to the hydrogen production is
small. Consequently, the production of D2 in
the presence of scavengers may best be accounted
for by the molecular elimination process IlI.
Results obtained in the radiolysis of CH3COOCD3R2
clearly demonstrate that D2may be split off from
one carbon.

The yield of CD4is two to three times that of
the CD3H in the radiolysis of acetone-acetone-d6
mixtures in the presence of scavengers. If the
methane formed in the presence of scavengers were
the product of hot radical or ion-molecule processes,
CD4would at most equal CD3H. Most of the CD4
formed in the presence of scavengers may thus be
explained by an intramolecular process such as V.
Molecular elimination of hydrogen or methane
has not been observed in the long wave length
photolysis of acetone. It would, however, be in-

(12) P, Ausloos and Ci N» Trumbore, J. Am. Gkerru Soc;, 81* 2866
(1980)»
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Table V
R adiolysis of Acetone-A cetone-*." Effect of Xenon

CH3COCH3,50.0 mm. at 25°

reaction teme. 16°
Pressure of Xe
(mm. at 25°) 0 100 200 200"
Ce. (NTP)/min.-mole X 10«

co 2.59 5.30 8.61 8.85

cCD4 0.185 0.201 0.221 0.057
CDsH 522 473 527 0.025
CH3D 118 .180 211 <0.02

ch4 577 470 590 0.091
d?2 282 693 1.02 1.03

HD 902 1.99 2.66 0.597
h2 1.14 2.07 2.78 1.54
HD/CO 0.35 0.37 0.31

olmm.NO added.

teresting to look for this in the short wave length
photolysis since such processes have been observed
to be very important in the direct photolysis of
ethaneld at short wave lengths. The production
of ethane in the presence of scavengers may be at-
tributed to hot-radical reactions, ion-molecule
processes, or intramolecular reactions.14 As yet
no evidence has been obtained for intramolecular
formation of ethane in photochemical studies.
Secondary Reactions.—Since 95% of the meth-
ane and ethane are removed by radical scavengers
at low temperatures, these products result mainly
from the secondary reactions of methyl radicals
produced in process I. Since the carbon monoxide

CDs + CD3COCD3 — > CD4+ CD3COCD3 (I)
CD3+ CD3m> CD6 ©

yield was not reduced by the presence of scavengers,
we can exclude such effects as the scavenger de-
activating an excited molecule or acting as a trap
for electrons in explaining the reduction in methane
and ethane.

The isotopic methanes and ethanes formed in
the radiolysis of acetone-acetone-d6 mixtures
may be accounted for by (1) and (2), plus the
reactions

CHs + CH3COCHS -
CDs + CH3COCH3 —
CHs + CD3COCD3 —

> CH4 + CHZCOCHs (3)
-CDH + CH2COCH3 (4)
<CHsD + CD2COCD3 (5)

2CHs - > CH6 (6)
CHs + CDs -> CH3CD3 @

The yields of the three isotopic ethanes formed in
the radiolysis of acetone-acetone-d6 mixtures are:
CDgG 0.656; CHXD3 1.58; and C2HEg 0.877 cc.
(NTP)/min.-mole X 102 The ratio CHXD3

\/C D6\ /C Héb6calculated from these results is 2.07.
If the ethanes are formed mainly by reactions 2, 6
and 7, the distribution of the ethanes should corre-
spond to astatistical one; that is, the ratio CH3D3

my/C2D6a/C H6should equal 2.00. This statistical
distribution is consistent with the occurrence of re-
action 2, 6 and 7. Assuming a steady state concen-

(13) H. Okabe and J. ft. McNesby, J. Chem. Phys., 34, 668 (1961).

(14) A knowledge of the distribution of the isotopic ethanes formed
in the radiolysis of aeetone~acetone-de mixtures in the presence of
scavengers would be useful. However, the amount of non-scavengable
ethane is quite small and the interpretation of the mass spectrometer
cracking pattern for this C2 fraction is complicated by the presene© of
betepie ©thylenee in amounts «emparabl© to the ethane»
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tration of methyl radicals, it may be shown that, as
has been well established in photochemical studies

ficDI _fa
fi'Aci). (CD3COCD3) “ fa‘A

where r is the rate of formation of the substance
indicated. The ratio f2cD#/f% !CDs(CD3COCD3 at
various temperatures has been calculated (Table
IV) according to this equation using the values for
the rateis of methane and ethane production, per
mole of acetone. This ratio has also been calcu-
lated at each temperature (except 154°) using
values of methane and ethane corrected for the
fraction not removed by scavengers. These values
are shown in brackets in Table IV. It may be seen
that only at 234° is the correction significant. It
may be noted that the methane formed in the
presence of scavengers is approximately inde-
pendent of temperature at least up to 195°. This
Is consistent with the identification of most of the
non-scavengable methane as the product of an
intramolecular process. In Fig. 1, a plot of log
fa/fa’P as a function of 1,7 is shown on the same
graph with the Arrhenius plot obtained by Whittle
and Steacies in the photolysis of acetone-da
The excellent agreement obtained makes it evident
that the rate of the reaction of the methyl radicals
is the same in the radiolysis and the photolysis
systems. That is, methane and ethane are mostly
formed by the reactions of thermal methyl radicals.
The curvature obtained in the Arrhenius plot at
lower temperatures has been observed also in the

(15) In terms of rate per mole of acetone, the equation becomes
h cc.'A \ = R'xX 111 X 10~-B
fa'A Vmolec.'A sec.¥!/ SI'Acd» (CDaCOCDa)' A

where R' is the rate/mole in the units cc. (NTP)/min.-mole and
(CD3COCD3J indicates concentration of acetone-ds in moles/ec.

Louis J. stief and P. Ausloos
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photolysis of CH3COCHs and has been attributedis
to the reaction of methyl radicals adsorbed on the
walls of the reaction vessel. A similar effect is to
be expected for CDs3COCD3 Obviously, other
effects may contribute to this curvature. It is
interesting to note that such a pronounced curva-
ture was not observed for azomethane.s

The acetonyl radical formed in the abstraction
reaction 3 may disappear by reaction with a methyl
radical to form methyl ethyl ketone

CH3+ CH2COCH3— > C,H5COCHs (8)

or by combination with another acetonyl to
form acetonylacetone (biacetonyl)

CH2COCH3+ CH2COCH3— (CH3COCH22 (9

Paulsonii found acetonylacetone to be a major
heavy product in the radiolysis of acetone.

If two methyls are produced for every CO mole-
cule (process 1) and if the important secondary
reactions of the methyl radical are abstractions from
acetone-ds (yielding CD4, abstraction from water
adsorbed on the wall (yielding CDsH) and combi-
nation with another methyl to yield ethane, then
the ratio [C2Ds + 1/2(CDa + CD3H)]/CO should
equal unity. Additional sources of methyl radicals,
such as the decomposition of the acetonyl radical
formed in process Il, will raise the value and the
occurrence of reaction s will lower this value.

Xenon Sensitized Decomposition.—The increase
of CO upon addition of xenon to the acetone-
acetone-ds system indicates that process | is en-
hanced by xenon. The fact that the ratio HD/CO
is constant with added xenon shows that the hy-
drogen or deuterium atom removal process in-
creases to the same extent as process I. D2 or Hz
formed in the presence of scavengers is a measure
of the molecular hydrogen elimination process
I11.  Since the ratios DZCO and H2/CO, in the
presence of NO, are the same (x 10%) in the ab-
sence of xenon and with 200 mm. of xenon present,
we concluded that the relative importance of the
hydrogen molecule elimination process as compared
to the radical producing steps is preserved in the
xenon sensitized decomposition. The ratios CD4
CO and CH4/CO, in the presence of NO, decrease
upon addition of 200 mm. of xenon, indicating that
the molecular methane elimination process may be
less important in the presence of xenon.

The fact that methanes formed in the absence
of scavengers do not increase with added xenon
is consistent with the formation of methane by
hydrogen atom abstraction reactions. Addition of
xenon increases the dose rate and leads to a higher
steady state concentration of methyl radicals,
which favors radical-radical reactions such as
(), (), and (7). Since the relative importance of
processes I, Il and 111 (which account for more than
90% of the over-all decomposition process) was
preserved in the presence of xenon, it may be
argued that the acetone which decomposes is similar
in both the direct decomposition and in the xenon
sensitized decomposition. The excited acetone
molecule may be formed in the xenon system either
by a charge transfer process

(16) P. Ausloos and E. W. R. Steacie, Can. J. Chem.,, 33, 47 (1955).
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Xe — > Xe+ + e
Xe+ + A — A+ + Xe
A+ + em—-> A* — > products

or by an excited atom process

Xe----- > Xe+ + e
Xe++ e— >aXe*
Xe — > Xe*

Xe* + A - > A* + Xe
AN > products

However, MeltonT7has shown that for the argon-
methane system in the mass spectrometer, the re-
action

Ar+ + CH<— > Ar + CH3+ + H (10)

is more probable by a factor of five than the simple
charge transfer process

Ar+ + CH< — >mAr + CH,+ (11)

The reaction analogous to (10) in the xenon-acetone
system would be

Xe+ + CH3COCH3 — > Xe + CH3CcOCH2++ H (12)

The occurrence of (12) would, however, lead to an
enhanced production of hydrogen atoms in the
xenon experiments. This would be evidenced by
an increase in the HD/CO ratio upon the addi-
tion of xenon to the acetone -acetone-d6 system.
Since this effect was not observed in these experi-

(17) C. E. Melton, J. Chem. Phys., 3), 647 (1960).
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ments, it may be concluded that reaction 12 does
not occur in this system. An additional reaction
in the xenon-acetone system analogous to reaction
10 would be

Xe+ + CH:COCH3— > Xe + CH3O+ + CH,

However, it would be difficult on this basis to ac-
count for the fact that the relative importance of
the radical producing steps and the molecular
hydrogen elimination process is preserved in the
xenon sensitized decomposition.

In addition, the hydrogen abstraction reaction
proposed by Lampe8for hydrogen

Xe+ + H2— > XeH++ H (13)

does not occur with acetone
Xe+ + CHaCOCHs — > XeH+ + CHZOCH3 (14)

since this would eventually lead to an enhanced
production of hydrogen atoms, which, as shown
above, is inconsistent with the experimental results
obtained in this investigation.
Acknowledgment.—The authors here wish to
express their thanks to Professor W. Albert
Noyes, Jr., for critically examining the manuscript
prior to submission for publication. They are also
indebted to one of the referees for pointing out
an error in the dosimetry calculation. The factor
guoted in this paper should also be applied to the
results obtained in the radiolysis of azomethane.6

(18) F. W. Lampe, J. Am. Chem. Soc., 82, 1551 (1960).
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Heats of formation are tabulated for the gaseous molecules, radicals and positive ions which are formed from C, H and O,

the list being restricted, however, to compounds with no more than four carbon atoms.
tials come from spectroscopic, photoionization and electron impact studies.

The data for the ionization poten-
The tabulation includes new electron impact

data for esters, ethers and acids and experimental details are given.

In the interpretation of the mass spectra of com-
plex molecules and especially in the application of
reaction rate theories to the data,2-4 information
on the energetics of the ionization process and the
decomposition steps are invaluable. As Franklin
and Field have emphasized,5 a particularly con-
venient way to tabulate such data is to list heats
of formation of the species concerned and the com-
pilation by these authors of some heats of forma-
tion (Table 45 of ref. 5) has been most useful.
However, for at least two reasons, this is an ap-
propriate time for a new tabulation. A number of

(1) Holder of NSF Cooperative Fellowship in 1959-1960 and of
Standard Oil of New Jersey Fellowship in Chemistry in 1960-1961.

(2) H. M. Rosenstock, M. B. Wallenstein, A. L. Wahrhaftig and H.
Eyring, Proc. Natl. Acad. Sci., U. S., 38, 667 (1952).

(3) H. M. Rosenstock, A. L. Wahrhaftig and H. Eyring,
Phys., 23, 2200 (1955).

(4) E. Friedman, F. A. Long and M. Wolfsberg, ibid., 27, 613
(1957).

(5) F. H. Field and J. L. Franklin, “Electron Impact Phenomena,”
Academic Press, New York, N. Y., 1957.

Chem.

new sets of data have appeared in the last few
years, the extensive set of photoionization poten-
tials of Watanabe, Nakayama and Mottl6 being
perhaps the most important. Furthermore the
need has been increasing for the heats of formation
not only of the ions of organic radicals but of the
uncharged radicals themselves. As an example
to illustrate this need, the common decomposition
reaction of a positive organic ion is of the type

CH3XOCH3+ = CHXO+ + CH3 (€]

from which it is evident that AH for the reaction
involves AJIf for a molecule ion (obtainable from
conventional ionization potential studies) and also
the AHf values for a neutral radical and a radical
ion.

Table 111
and radicals and their positive ions.

(6) K. Watanabe, T. Nakayama and J. Mottl, “Final Report on
lonization of Molecules by a Photoionization Method,” University of
Hawaii, December, 1959.

lists AHr values for a set of molecules
It includes
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the available data for compounds of C, H and 0
which contain four carbon atoms or less. The
species are listed by structural formulas since in

most cases these are well established. It will be
evident, however, that in several instances the
structures are distinctly uncertain. The AHi

values are for 298°K.7 and are given in electron
volts (1 e.v. = 23.06 kcal./mole = 8067 cm.-1).
The symbols in the Quality column represent
personal estimates of the precision of the data.
The meanings of the symbols are: S, spectroscopic
data; 1, data of good precision, not usually from
electron impact studies; 2, good quality electron
impact and related data; 3, less precise electron
impact data or from estimates. The probable
limits of error for the AH values range from +0.01
e.v. or less for the best spectroscopic data to
perhaps +0.3 e.v. for the poorer electron impact
data.

Two further points should be made. One con-
cerns the choice between values of ionization
potentials determined by photoionization and by
spectroscopy. The studies of Watanabe and co-
workers serve to establish photoionization as a
highly reliable procedure which can give ionization
potentials of only slightly lower accuracy than the
best spectroscopic data. They also indicate that
the chief danger in spectroscopic studies of complex
molecules is that of misinterpretation of the data.
Given these two points, our procedure has been
to accept the spectroscopic ionization potential
for simple molecules and to do the same for complex
molecules when the agreement with the photoioni-
zation data is good. But when there is a signifi-
cant discrepancy we have chosen the photoioni-
zation result.

The problem of ionization potentials from elec-
tron impact is a rather different one. It is well
known that values from this method (even when
done by approved techniques) tend to be some-
what higher than those from either spectroscopy
or photoionization. Our survey of the recent data
supports this conclusion but also suggests that the
discrepancy is not so serious as to call for rejection
of electron impact data. Specifically, a compari-
son between electron impact and photoionization
for seventeen randomly chosen polyatomic mole-
cules indicates that ionization potentials by the
impact method are about 0.15 e.v. higher than
those from photoionization. Since the quoted
error for potentials from electron impact is com-
monly in the order of £0.2 e.v. the implication is
that within this rather large error limit the elec-
tron impact method gives useful data.

Interpretation of appearance potentials of frag-
ment ions from a compound involves further
difficulties. These ions result from decomposi-
tion reactions such as (1) above and it is always
possible that there is an energy of activation in-
volved. Products may be formed either in excited

) Electron impact studies are usually made with an ionization

chamber which is heated to around 500°K. However, there is con-
siderable uncertainty as to whether the entering gas is equilibrated
to this temperature.
temperature coefficient for mass spectrometric appearance potentials,

-we have ignored this temperature problem and have simply listed the

=observed data.

R. R. Bernecker and F. A. Long

Since experimentally there is little evidence of a
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states or with excess kinetic energy. The evidence
suggests that neither of these ordinarily amounts
to more than 0.1 e.v. at least for primary decom-
position reactions. Since this value is within the
limit of error of electron impact measurements
we have ignored it in the calculations which are
involved in Table Ill. But it must be borne in
mind that later study may reveal specific instances
where activation or excitation energy is large
enough to lead to an unacceptable error for heats
of formation of a radical or its ion.8

Several of the data of Table Il result from ap-
pearance measurements made in this Laboratory.
The section which follows gives details of these
studies and also includes comparison of electron
impact data with data from other methods.

Table |

Comparison of Observed Appearance Potentials with

lonization Potentials

Appearance

Compound potential 1.P. (lit.) Ref.
Krypton 14.00 13.996 (spectro) 11
Carbon dioxide 13.78 13.79 (spectro) 12
Neon 21.5, 21.559 (spectro) 11
Methane 13. 1i 12.98 6
Nitrogen 15.60 15.557 (spectro) 13
Dimethyl ether 10.0, 10.00 6
Ethylene 10.5, 10.51 6
Formic acid H in 11.33 (spectro) 14
11.05 6

Methyl vinyl ether 9.1, 8.93 6
Ethyl acetate 10 1, 10.11 6

Table |l

Appearance Potentials of Selected lons

lon Parent compound Obsd. A.P. AHt of ion
DCOOH+ DCOOH 11.57 +7.6"
DCOO + DCOOCA 12.15 +7.2
CHJ + CH3OCH3 12.5, +9.2
chdch3+ CH3OCH3 11.4, +7.3
ca+ CACOOH 12.90 &
COOH + CACOOH 12.8, +7.0
CACO + CACOOH 12.2, +7.0
CACOOHZ4 CACOOH 11.70 +4.7
CACOH CACOOH 11.57 +9.3
CAO + CHsOCA 11.4, +8.8
chXooh2+ CHsCOOCA 10.7s +3.4
0
/
chX CH3XOOCA 10.4s +8.4
\
c a +
cao+ DCOOCA 11.22 +7.1
hd + HCOOCA 14.50 +9.0

* Assuming for DCOOH that AHi = —3.96 e.v.fHCOOH
= -3.92 ewv.H. bleads to AHi = —1.7 for - COOH
radical. cMost probable structure is CH3—CH—COOH+.
d Most probable structure is CH3-CH C O
eThe structure seems definitely to be OH
since the analogous ion from 1 I
CD,COOCA has mse = 73. CH3-C—C=CH,+

(8) A specific instance of somewhat special behavior is the recently
reported dependence of appearance potentials of certain fragment
ions from hydrocarbons on the magnitude of the repeller voltage
(L. Friedman, F. A. Long and M. Wolfsberg, J. Chem. Phys., 31, 755
(1959)). This effect seems, however, to be restricted to fragments
formed by loss of hydrogen atoms, a type of process which is not of
much importance in the calculations which have led to Table I11.
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Tabite Il

A#f(g) Values at 298°K. for Neutral Species and their Positive lons

Un-ionized- =lonized-
Qul.

Species AHi, ev. Ref. AHT, e.v. Qual. Ref.
H +2.259 | 16 + 15.854 1 11
h2 0.000 + 15.422 s 13
0 +2.557 S 17 + 16.171 1 11
H +0.387 s 18, 68 +13.5, 2 19
160 -2.506 1 16 +10.11 s 20
HD + 9.0 3 21
02 0.000 + 12.075 1 6
ho2 +0.2 3 22 +11.8 3 22
h?2 -1.410 1 69 + 9.86 2 23
CH +6.16 1 16 + 17.29 S 24
ch?2 +2.5p 3 25,26 + 14.46 3 25
ch +1.39 1 16 +11.23 S 27
ch4 -0.7758 1 16 + 12.20 1 6
Q -1.146 1 16 + 12.85 s 13
HC=0 3 28, 29,30 + 9.6 3 42
HZ=0 -1.20 1 16 + 9.68 S 31
CH0 —0.02 2 32 + 9.2 3 21
CHZH -0.4 3 33 + 7.8¢ 3 4
CH3OH -2.085 1 16 + 8.76 1 6
Co2 -4.079 1 16 + 9.71 S 12
HC(=0)0 —1.8d?) 3 9 + 7.2 3 21
—C(=0)0H -1.7 3 21 + 7.0 3 21
-3.919* 1 15 + 7.13 1 6
hcooh?2 + 5.0f 3 9
H O eeC +5.0 3 74 + 17.9 3 34
ch? +2.350 1 16 + 13.75 S 35
ch3 +2.8j 2 36 +12.2, 2 36
chi +0.5419 1 16 + 11.05 S 37
chb6 + lelo 2 38 + 9.8s 2 39
CH6 -0.8775 1 16 + 10.77 1 6
CHixC=0 -0.633 1 16 + 8.97 S 40
ch¥=o -0.47 2 41 + 7.44 2 42
chZzch—0\
ch2—h= o/ + 8.8 3 21, 42
ch3ho -1.724 1 16 + 8.51 S 43
CHZH20 -0.5286 1 16 + 10.04 1 6
CAEO -0.3, 2 32 + 8.8 3 9
CHAH -0.7 3 33 + 6.3° 3 4
chdce3 + 7.3 3 21
851_'33@:,, -1.92 1 16 + 8.08 1 6
-2, 1 + 8.04 1 6
F3% 00 e 2 s
— C(=0)0CH3 + 6.7% 3 9
( \ -3.63 1 16 + 7.19 1 6
(C:]-IIJ(IDI-I -4.57 1 16,45 + 5.80 1 6
0O0H?2 + 3.4% 3 21
hochZhdh —4.02 2 16
ch,c=c 1 + 11.5"- 3 34
CHACACH \ 1? +3.0 3 46,47 +11.3" 3 46
CH2C=CH/ ,
ch¥=ch + 1.922 1 48 + 12.28 1 6
chZ c=ch? + 1.991 1 48 +12.18 S 49
CH2-CH=CH2: + 1.30 2 38 + 9.4, 2 50
CHLH=CH >
ch3-<c=ch2 J
chb6 +0.2116 1 48 + 9.94 : 6
hZchZh?2 +0.42 1 51 +10.48 : 6
CHCHCH +0.7, 2 52 + o5 2 39
chxhzh? +0.96 2 53 + 9.6s 2 54
CtHb -1.076 1 48 + 9.99 : 6
CH"CHCHO -1.0° 3 51 + 9.10 S 55
HC=CCHZDH +0.44 1 51



1568

Species
CH4-c=o0
chXhZXZ=o
CHX(=0)CH,
ch2 chchdh
chXhZh=o

chXhch2-6
CH3®CH=CH2
chh
chXhZXZhd
(CH3XHO—
n-CHMOH
t-CH,OH
ch3ckhb
ch2=chcooh
ch&ooh
CH& (=0)0
ch&ooh
HCOOCoHs
CHaCOOCHa
CH2Z0OCH32
chX=cch?2
ch2chch=ch?2
chZc=chZzh3
chi=ch
chX=cch3
ch’7

chZ chcahb
CH2=AI(CH32

CHXH=CHCH3 (as)
CHXH=CHCH3(tram)

n-CH9

¢-C,H9

ssCH9

ich 9

7-cHO

i-CHio

ch3h=chcho

ch3®2chZ= ch

(CH2Z=CH)D

CHX (=0)CH3

ch,chZho

(CH32ZCHCHO

ch®dchZh=ch2

CHX (=0)—ca5

chbbch=ch2

A-CHD

(CH3XCHCHZG

CHEBCH(CHa)0

(CH3X—0

n-C4H DH

¢-CAHDH

ichDdh

(CHHD

hcoochZh=ch?2
0O o0

CH:{,!—C!CHa
CH3COOCH--=--CH..
ch,C(=0;0
rc-C3H,COOH
¢(-CH,COOH
CHXO0OCHs
chbooch3
hcoochZx 6

R. R. Bebnecker and F. A. Long

Tabte Il

AHi, e,

-2.25
—1.4'
—2.11

-0.955
-1.2

-0.5,,

“ 0.
-2.70
—2.845
-2.26
—3.41

—2.34
—4.7.)
-3.85
-3.88
-3.7"
+2.8

+ 1.142
+ 1.681
+ 1.7.12
+ 1.516
+0.8 to 1.1"
-0 0013
-0.175
-0.0724
-0 +16
+0.8
X(unk)
Y (unk)
+0.2
-1.307
-1.394
-1.3"
+0.85
-0.14

-2.2°
-2.29

-1.11
—2.52

—146
-0.7,
-0.7s
—0,87
-1.1
-2.87
-2.94
-3.25
-2.618
-2.40

-3.39
-3.2"
—2.6ed
-4.92
—5.141
-4.56
-4.22
-4.0

Un-ionized
Qual

w

NN

e e W

w

Np WOpRpPow

PR 2, NN NNR W

WL EFE,ENND NN

(Continued)

56
51
51

70
57

32
32
71

72,73

51
51

65
51
51
73
64
32
32
32
32
7
7
7
75
51

76
51

51
51
51
51
67

(A

+ o+

+ o+ + o+ o+

+

7.50
7.32

7.5
4.7

5.49
6.76
6.39
6.30

+11.5

+ 10.205
+11.25

+ 11.89

+ 11.37

+

ot o+t o+ o+ o+ o+ o+ o+ o+

£

+

+ o+ o+ + o+

8.8
9.58
9.06
9.06
9.01.
9.4,
8.35+ X
793+ Y
7.62
9.32
9.18
8.43

8.4
7.6®
7.4S

7.01

7. 17
7.2
6.7
6.91

5.84
5.9,

5.2,

4.88
5.55
5.93
6.54

- N0 @

~

e e o

P = NN NN

(RN N N

Yol.

Ref.

61
62

o O OO,

54

54
54

(o2l RN )]

21

66
66

()]

[ R B o) o))

65
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- From I.P. of OH radicals.
late AH[ for CH2 cUsed A.P. m/e 31 of CH3OH.
1 Used A.P. m/e 47 of HCOOCH6
and L. C. Leitch, canad. J, Chem., 34, 179 (1956).

pound in liquid state; corrected to gaseous state using vapor pressure data.
» The range of values is for different species, e.g., CH"~C —CH2vs. CHEH=CHCH2

1,2-butadiene and 1-butyne.

(9) A. B. King, Ph.D. Thesis, Cornell University, February, 1957.
(10) A. B. King and F. A. Long, J. Chem. Phys., 29, 374 (1958).
(11) C. E. Moore, Natl, Bur. Standards, Circ. No. 467, 1949.

(12) W. C. Price and D. M. Simpson, Proc. Roy. Soc. (London),
A169, 501 (1939).

(13) G. Herzberg, “Molecular Spectra and Molecular Structure. |I.
Spectra of Diatomic Molecules,” D. Van Nostrand Co., New York,
N. Y., 1950.

(14) W. C. Price and W. M. Evans, Proc. Roy. Soc. (London),
A162, 110 (1937).

(15) G. C. Sinks, J. Phys. Chem., 63, 2063 (1959).
(16) F. D. Rossini, D. D. Wagman, W. H. Evans, W. H. Levine and

Jaffe, Natl. Bur. Standards, Circ. No. 500, 1952.

(17) P. Brix and G. Herzberg, J. Chem. Phys., 21, 2240 (1953).
(18) R. F. Barrow, Arkiv Fysik, 11, 281 (1956).

(19) S. N. Foner and R. L. Hudson, J. Chem. Phys., 25, 602 (1956).
(20) W. C. Price, ibid., 4, 147 (1936).

(21) This research.

(22) S. N. Foner and R. L. Hudson, J. Chem. Phys., 23, 1364
(1955)

(23) L. P. Lindemann and J. C. Guffy, ibid., 29, 247 (1958).

(24) A. E. Douglas and G. Herzberg, Can. J. Research, A20, 71
(1942).

(25) A. Langer, J. A. Hippie and D. P. Stevenson, J. Chem. Phys.,
22, 1836 (1954).

(26) J. D. Waldron, Trans. Faraday Soc., 50, 102 (1954).

(27) G. Herzberg and J. Shoosmith, Can. J. Phys., 34, 523 (1956).

(28) F. Il. Dorman and A. S. Buchanan, Austral. J. Chem., 9, 25
(1956) .

(29) L. Schoen, 5th Intern. Symposium on Combustion, p. 787,
1955.

(30) R. I.Reed, Trans. Faraday Soc., 52, 1195 (1956).

(31) W. C. Price, J. Chem. Phys., 3, 256 (1935).

(32) P. Gray, Trans. Faraday Soc., 52, 344 (1956).

(33) Reference 5, p. 137.

(34) F. H. Coates and R. C. Anderson, J, Am. Chem. Soc., 77, 895
(1955).

(35) W. C. Price, Phys. Rev., 47, 444 (1935).

(36) A. G. Harrison and F. P. Lossing, J. Am. Chem. Soc., 82, 519
(1960).

(37) W. C. Price and W. T. Tutte, Proc. Roy. Soc. (London), A174,
207 (1940).

(38) M. Szwarc, Chem. Revs., 47, 75 (1950).

(39) J. B. Farmer and F. P. Lossing, Can. J. Chem., 33, 861 (1955).

(40) W. C. Price, J. P. Teegan and A. D. Walsh, J. Chem. Soc., 920
(1951).

(41) M. Szwarc and J. Taylor, J. Chem. Phys., 23, 2310 (1955).

(42) J. R. Majer, C. R. Patrick and J. C. Robb, Trans. Faraday Soc.,
57, 14 (1961).

(43) A. D. Walsh, Proc. Roy. Soc. (London), A185, 176 (1946).

(44) L. Jaffe, E. J. Prosen and M. Szwarc, J. Chem. Phys., 27, 416
(1957) .

(45) J. O. Halford, ibid., 9, 859 (1941).

(46) J. Collin and F. P. Lossing, J. Am. Chem. Soc., 79, 5848
(1957).

(47) J. B. Farmer and F. P. Lossing, Can. J. Chem., 33, 861 (1955).

(48) F. D. Rossini, K. S. Pitzer, R. L. Arnett, R. M. Baum and
G. C. Pimentel, “Selected Values of Physical and Thermodynamical
Properties of Hydrocarbons and Related Compounds,” Carnegie
Press, Pittsburgh, 1953.

(49) L. H. Sutcliffe and A. D. Walsh, J. Chem. Soc., 899 (1952).

(50) F. P. Lossing, K. Ingold and I. Henderson, J. Chem. Phys., 22,
621 (1954).

(51) M. S. Kharasch, J. Research Natl. Bur. Standards, 2, 359
(1929).

(52) D. P. Stevenson, Disc. Faraday Soc., 10, 35 (1951).

(53) M. Szwareg, ibid., 10, 336 (1957).

(54) F. P. Lossing and J. B. de Sousa, J. Am. Chem. Soc., 81, 281
(1959).
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b Used A.P. (CH2+) from CHSto calculate A tf, for CH2+ and 1(CH2+) from CHZ2to calcu.
d Used A.P. m/e 29 of HCOOCHS 6Used AH vaporization of ref. 15-
0 Used A.P. m/e 45 of CHEH.
k Used A.P. m/e 61 of CHIOOC.HS

h Used A.P. m/e 59 of HCOOCH3, see also R. Renaud
1 Data available only for com-
“ Used A.P. m/e 39 of 2-butyne. BUsed

(H3
Experimental

The data were taken on a Consolidated Engineering
Corporation mass spectrometer, Model 21-401, which had
been modified as described previously.910 The principal
features of the appearance potential measurements are the
use of the vanishing current method and use of argon,
krypton or neon as a calibrating gas. The techniques have
been discussed previously.l) To check the voltage scale the
ionization potential of argon was selected as an “absolute”
value and the appearance potentials of ten other gases were
determined relative to this. They are listed in Table 1.
The good agreement with literature values for the ioniza-
tion potentials indicates the absence of consistent errors.
The appearance potentials of fourteen other species, pre-
viously undetermined, are listed in Table Il along with the
resulting calculated heats of formation of the ions. All
data appearing in Tables | and Il are averages of from 3 to
5 runs for each species.

The methyl vinyl ether, argon, carbon dioxide, methane,
nitrogen, dimethyl ether and ethylene were purchased from
Matheson in lecture bottles and used without further puri-
fication. Neon and krypton were obtained from Matheson
in breakseal flasks and were of research grade quality. For-
mic-d acid (99%) was purchased from Volk Radiochemical
Company. The remaining organic compounds were puri-
fied and distilled before use and were stored in Dry Ice
when not in use.@

(55) A. D. Walsh, Trans. Faraday Soc., 41, 498 (1945).

(56) C. B. Miles and H. J. Hunt, J. Phys. Chem., 45, 1346 (1941).

(57) Estimated from heats of formation of dimethyl ether, diethyl
ether and ethyl vinyl ether.

(58) J. D. Morrison and A. J. Nicholson, J. Chem. Phys., 20, 1021
(1952).

(59) E. Schjanberg, z. physik. Chem., A172, 197 (1935).

(60) W. C. Price and A. D. Walsh, Proc. Roy. Soc. (London), A174,
220 (1940).

(61) J. L. Franklin and F. H. Field, J. Am. Chem. Soc., 76, 1994
(1954)

(62) Reference 5, p. 262.

(63) C. A. McDowell, F. P. Lossing, |I. H. S. Henderson and J. B .
Farmer, Can. J. Chem., 34, 345 (1956).

(64) M. A. Dolliver, T. L. Gresham, G. B. Kistiakowsky, E. A.
Smith and W. E. Vaughan, J. Am. Chem. Soc., 60, 440 (1938).

(65) Estimated from other aldehyde data.

(66) 1. Omura, K. Higasi and H. Baba, Bull. Chem. Soc., Japan,
29, 504 (1956).

(67) Estimated from studies of heats of formation of acetates and
propionates.

(68) P. Gray, Trans. Faraday Soc., 55, 408 (1959).

(69) P. A. Giguére and I. D. Liu, J. Am. Chem. Soc., 77, 6477
(1955)

(70) P. Gray and A. Williams, Trans. Faraday Soc., 55, 760 (1959).

(71) F. D. Rossini, J. Research Natl. Bur. Standards, 13, 189
(1934).

(72) G. S. Parks and B. Barton, J. Am. Chem. Soc., 50, 24 (1928).

(73) G. S. Parks, J. R. Mosley and P. V. Peterson, Jr., J. Chem.
Phys., 18, 152 (1950).

(74) Estimated from data of S. H. Bauer (personal communication).

(75) Private communication from G. Pilcher, Manchester Uni-
versity.

(76) G. R. Nicholson, M. Szwarc and J. W. Taylor, J. Chem. Soc.,
2767 (1954).

(77) 11. A. Skinner and A. Snelson, Trans. Faraday Soc., 56, 1776
(1960).

(78) H. A. Skinner and F. W. Evans, ibid., 55, 260 (1959).

(79) C. A. McDowell and J. W. Warren, “Mass Spectrometry,”
Institute of Petroleum, London, 1952, p, 27.
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ACID DISSOCIATION CONSTANTS AND COMPLEX FORMATION
CONSTANTS OF SEVERAL PYRIMIDINE DERIVATIVES1
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Acid dissociation constants of uracil-5-carboxylic acid (isoorotic acid), 2-ethylthio-isoorotic acid, uracil-6-carboxylic acid
(orotic acid), 5-nitroorotic acid and adenosine-5'-monophosphate have been determined at an ionic strength of 0.1, 25°.
The formation constants of the Cu(ll), Ni(ll), Co(ll), Zn(Il), Mn(ll), Cd(ll) complexes of some of these pyrimidine

derivatives were determined using pH and ion-exchange methods.

The binding sites in uracil-5-carboxylic acid and 2-

ethylthio-isoorotie acid toward metal ions are probably the carboxylate anion and the adjacent oxygen atom. The postu-
lated sites in 5-nitroorotic acid toward metal ions and uracil-6-carboxylic acid toward Ni ion are the carboxylate and ad-

jacent ring nitrogen anions.

The formation constants of the zinc complexes of uracil-5-carboxylic acid and 5-nitroorotic

acid, and of the sodium and manganous complexes of adenosine-5'-monophosphate obtained by the pH method are in agreement
with the corresponding values obtained by the ion-exchange method, indicating that these complexes are mononuclear.

Introduction

The pyrimidine derivatives constitute a very
important class of compounds because they are
components of nucleic acids and various enzymes,
because they exert a pronounced physiological
action, and because they pose some interesting
problems of structure. As part of a general
program on studies of metal complexation with
compounds of biological interest, this paper pre-
sents the results on the acid dissociation constants
and formation constants of metal complexes of
a number of pyrimidine derivatives: uracil-5-
carboxylic acid (isoorotic acid), 2-ethylthio-iso-
orotic acid, uracil-6-carboxylic acid (orotic acid),
5 nitroorotic acid,2 and adcnosine-5'-monophos-
phoric acid.

The outstanding structural problem of the pyrim-
idines is the tautomerism possible between the ke-
tonic and enolic forms (lactam-lactim). Consider-
able data on ultraviolet and infrared absorption
spectra have been reported34 and there is general
agreement that the preferred structure for the
pyrimidines is the ketonic form rather than the
enolic form. Thus Lacher, et ai1,,3 found that a
strong absorption band at 1.43 p, corresponding
to the first O-H stretching overtone in phenol,
was lacking in uracil and its derivatives. Absorp-
tion was found in the region corresponding to the
first N-H overtone, 1.50 p, for uracil and 5-chloro-
uracil, and again at 1.99-2.00 p indicating a second
carbonyl overtone vibration which lies in this re-
gion. Brown and Short,3 from ultraviolet and
pH data, conclude that in aqueous solution the
4-“hydroxypyrimidine” exists predominantly in
the ketonic (lactam) form, I, rather than the enolic
(lactim) form, II.

(1) Abstracted from the Ph.D. thesis of E. R. Tucci at Duqucsne
University, and supported by National Science Foundation Grant No.
NSF G7447 at D.U. and by Atomic Energy Commission Contract
No. AT (40-1)-2005 at C.B.C.

(2) In the Sigma Chemical Co. catalog, these compounds carry the
names of 5-carboxy-2,4-dihydroxypyrimidine, 5-carboxy-2-ethyl-
mercapto-4-hydroxypyrimidine, 6-carboxy-2,4-dihydroxypyrimidine,
and 6-carboxy-o-nitro-2,4-dihydroxypyrimidine, respectively.

(3) (@) J. R. Lacher, D. E. Campion and J. D. Park, Science, 110,
300 (1949); (b) D. J. Brown and L. N. Short, J. Chem. Soc., 331
(1953).

(4) J. R. Loofbourow, M. M. Stimson and M. J. Hart, 3. Am. Chem.
Soc., 75, 148 (1953).
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Experimental

Materials.—The pyrimidine derivatives, gifts of Sigma
Chemical Co., St. Louis, Mo., were dried in vacuo at room
temperature over calcium chloride. Stock solutions of
these, always freshly prepared, were analyzed by deter-
mination of their neutralization equivalents using potentio-
metric methods. Solutions of metal salts were prepared
and analyzed by conventional means. All chemicals
were of C.p. grade.

Carrier-free Mn-54 and Na-22 were obtained from Nu-
clear Science and Engineering Corp., Pittsburgh, Pa.
High activity Zn-65 was obtained from Oak Ridge National
Laboratory in the form of zinc chloride in HC1 solution.
For the cation-exchanger, Dowex-50, 8% cross-linked, 100-
200 mesh, was used. The capacity of this type of resin
has been found to be independent of pH over a wide pH
range.5

Apparatus and Procedure.—The hydrogen ion concen-
tration of solution S was determined with the cell

Glass electrode jsolution S| RE (€D)
where RE is the reference half-cell
Ag,AgCl |01 m KC1 satd. with AgCI (s)] 0.1 m KC1

The general design of the cell was that of Forsling, el al.,
A Beckman Type 40498 glass electrode was used. Ag6
AgCIl electrodes were prepared by the method described
by Biedermann.7 The potentials of the cell were read to
0.01 mv. with a Leeds and Northrup Type K potentiometer,
using a Cary Model 31 Vibrating Reed Electrometer and
a Minneapolis-Honeywell Brown Electronik strip chart
recorder as null point indicator. All measurements were
carried out in an oil thermostat controlled to 25 + 0.02°.
The hydrogen ion concentration was obtained from the
measured e.m.f. values using the relation

E' + 59.16 log h 2

where h, the hydrogen ion concentration, is in mlIf/l.
The determination of the empirical constant E ', which
includes corrections for y+, liquid-liquid junction poten-
tials and for deviations of the glass electrode from the Nernst
slope, was obtained in the manner described by Tobias.8
The titrations were made in the following manner.
Exactly 30.00 ml. of a solution with 0.002 M pyrimidine
compound, 0.002 m or 0.02 M metal nitrate and sufficient

E =

(5) W. C. Baiimann and J. Eichhorn, ibid., 69, 2830 (1947).

(6) W. Forsling, S. Hietanen and L. G. Sillen, Ada Chem. Scand.,
6, 901 (1932).

(7) G. Biedermann, Arkiv Kemi, 9, 277 (1956).

(8) R. S. Tobias, J. Am. Chem. Soc., 82, 1070 (1960).
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tétraméthylammonium bromide or potassium chloride to
keep the total ionic strength 0.1, was pipetted into the ti-
tration flask. This solution, designated S in (1), then was
titrated with either tétraméthylammonium hydroxide or
potassium hydroxide. Nitrogen was passed through a 0.1
M tétraméthylammonium bromide or potassium chloride
solution, and then slowly bubbled through solution S during
the titration.

In the ion-exchange method, the Dowex-50 resin was
rendered iron-free by percolation with 6 N HC1 at room
temperature. The ion-exchange technique, except as
otherwise noted, has been described previously.9 The
flasks containing resin and solutions were agitated at 25+
1°. After a four-hour shaking period, a 4-ml. sample of
supernate was removed from each flask for radiochemical
analysis using a scintillation well counter.

Results and Discussion

(A) Acid Dissociation Constants.—In all the
titrations involving the pyrimidine derivatives,
sharp breaks in the titration curves were obtained,
as indicated in Figs. 1-3. The apparent p/C values
of the pyrimidine derivatives determined at an
ionic strength of 0.1, 25° are assembled in Table
I. pKi refers to proton dissociation from the car-
boxyl group and pK: that from a pyrimidine ring
nitrogen. For adenosine-5'-phosphoric acid, pK\
refers to proton dissociation from the protonated
amino group on the pyrimidine ring while pK:
refers to that from the phosphoric acid group.

It has been shown previously by many
workers3'1011 that the pyrimidines exist predomi-
nantly in the ketonic form. Uracil is known to
exist in the ketonic form until well above the
neutral point, up to pH 9.5. Stimson and ReuterR2
found from ultraviolet absorption spectra that
enolization occurs at a somewhat lower pH in
isodrotic acid than uracil due to the influence of
the carboxyl group. At pH 7.0, they found that
the absorption of the uracil band in isobrotic acid
is considerably weakened, but the spectra did not
indicate an enol shift. In the region of pKi, there-
fore, isodrotic acid may still be regarded as in the
ketonic form.

Table |

Apparent Dissociation Constants of Pyrimidine

Derivatives, p = 0.1, 25°
lonic pKi,
Compound medium pKi pKi lit
Uracil-6-carboxylic  KOI 2.07 9.45 9.451
acid (orotic acid)
Uracil-5-carboxylic  KC1 4.16 8.89
acid (isoorotic acid)
2-Ethylthio-iso- (CH34NBr 6.01 10.52
orotic acid
5-Nitroorotic acid (CHahNBr <1.5 4.94
Adenosine-5-mono- (CHs)4NBr 6.40 6.404
phosphate KC1 6.30 6.3214
2X° 6.145

(9) N. C. Li, W. M. Westfall, A. Lindcnbaum, J. M. White and
J. Schubert, 3. Am. Chem. Soc., 79, 5864 (1957).

(10) L. N. Short and H. Thompson, J. Chem. Soc., 168 (1952).
(11) E. R. Blout and M. Fields, 3. Am. Chem. Soc., 72, 479 (1950).
(12) M. M. Stimson and M. A. Reuter, ibid., 65, 151 (1943).

(13) D. Sliugar and J. J. Fox, Biochim. et Biophys. Acta, 9. 199
(1952).

(14) R.
(1956).

(15) A.
693 (1956).

M. Smith and R. A. Alberty, J. Phys. Chem. 60, 180

E. Martell and G. Schwarzenbach, Helv. Chim. Acta, 39,
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Fig. 1—Titration of 30.00 ml. of 0.002 M uracil-5-
carboxylic acid, 0.02 m divalent metal nitrate, p = 0.1.
Curve 1, no divalent metal; 2, Cd(ll); 3, Mn(ll); 4,

zn(l1); 5 Ni(ll); 6, Cu(ll).

Isodrotic acid is structurally favorable for intra-
molecular hydrogen bonding, and resonance en-
hances the interaction between the carboxyl hy-
drogen and the adjacent oxygen. The resonance
structures are depicted as

H—N <—>m
o~rv\OT""
o 0
& o !
) A |c °t g
H—N M HN |1 r
| 1+ <
| o]
H H

and probably account for the higher pKxand lower
pKi values for isoorotic acid as compared to orotic
acid. Our value of pK2 = 9.45 for orotic acid is in
agreement with that found by Shugar and Fox.13
As comparison it is interesting to note that the
pKi values of uracil, 1-methyluracil and 3-methyl-
uracil are 9.45, 9.99 and 9.71, respectively.
The very high values of pKi and pK: found for 2-
ethylthio-isoorotic acid may be ascribed to the
positive inductive effect of the ethylthio group.

In 5-nitroorotic acid, because of the negative
inductive effect of the adjacent nitro group, one
would expect an increase in the acidity of the car-
boxyl group. This is shown in Table I. The pK:
of this compound is 4.94, considerably smaller

(16)

229 (1926).

P. A. Levene, L. W. Bass and H. S. Simms, J. Biol. Chem., 70,
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Fig. 2.—Titration of 30.00 ml. of 0.001826 m 2-ethylthio-
isoorotic acid, 0.02 m divalent metal nitrate, n = 0.1:
Curve 1, no divalent metal; 2, Cd(ll); 3, Mn(ll); 4,
Zn(11); 5, Co(ll); 6, Ni(ll); 7, Cu(ll).

than orotic acid. This can be interpreted in terms
of the resonance contribution

q o
1
c—0“ c—0-
LA N H_A-NQ,
11
(Z'fN)
H H

Resonance contribution from nitrogen in
position is not significant, so that pKi of 5-nitro-
orotic acid refers predominantly to proton ioniza-
tion from the nitrogen-1 atom.

The pKi values of adenosine-5-monophosphate,
AMP, are in good agreement with those found by
Smith and Alberty.l4 The lower value of p/f2in
KC1 medium relative to that found in (CLDINBr
medium has been ascribed to complexation of AMP
by K+ .4

(B) Formation Constants of Metal Complexes.
—Table 11 illustrates the titration data obtained
with a mixture of Zn(N032 and 5-nitroorotic acid.
A summary of the formation constants of the 1:1
complexes of Cu(ll), Ni(ll), Co(ll), 2zZn(ll),
Mn(ll), Cd(ll) with isoorotic acid, 2-ethylthio
isoorotic acid and 5-nitroorotic acid obtained by
titration of 1:10 (ligand metal) molar mixtures
isgiven in Table I11.

In the calculation of the formation constants of
the isoorotic acid and 2-ethylthio-isoorotic acid
complexes, the values of pKi listed in Table | for
these two acids were used. For the formation
constant of the 5-nitroorotic acid complex, the
value of pKt was used, ki was calculated by the
method described by Li and ChenXs for titration

(17) N. C. Li and M. C. M. Chen, J. Am. Chem. Soc., 80, 5678
(1958).

E. R. Tucci, E. Doody and N. C. Li
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Fig. 3.—Titration of 30.00 ml. of 0.0017 M potassium salt

of 5-nitroorotic acid, 0.02 m divalent metal nitrate, m = 0.1.

Curve 1, no divalent metal; 2, Mn(ll); 3, Cd(ll); 4,

Co(ll); 5, zn(11); 6, Ni(ll).

Concn. of ligand, A, X 103

Fig. 4.— lon-exchange experiments with Zn-65 complexes
of: (1) uracil-5-carboxvlic acid, pH 4.47; (2) 5-nitroorotic
acid, pH 5.15. M= 0.1, 25°.

Tabte Il

30.00 ml. of 0.002 m 5-nitroorotic acid, 0.020 M ZniNChh,
0.04 M (CH.hNBr, plus >ml. of 0.09874 m (CH,)NOH, 25°

v, ml. pH log ki
0.20 3.926 2.52
.25 4.055 2.52
.30 4.192 2.50
.35 4.325 2.50
.40 4.466 2.50
.45 4.632 2.50
Av. 251

of 1:10 (ligand metal ion) molar mixtures. The
formation constants of the metal complexes of
isoorotic acid were also determined in 1:1 (ligand:
metal ion) molar mixtures. The values agree with
those listed in Table 111 to within 0.05 log unit.
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Tabte Il

Formation Constants of Several Metal Complexes of

Pyrimidine Derivatives, h = 0.1, 25°

log K
. 2-Ethylthio-
Isoorotic isodrotic 5-Nitroorctic

aci acid
Cu(ll) 4.12 3.14
Ni(ll) 2.95 2.70 3.04
Co(ll) 2.47 2.42
Zn(I) 2.69 2.33 2.51
Mn(ll) 2.19 2.07 1.79
cd(ln 2.02 1.98 1.91

The binding sites in isoorotic acid and 2-ethvl-
thio-isoorotic acid toward the metal ions are prob-
ably the carboxylate anion and the adjacent oxygen
atom. Because of the positive inductive effect of
the ethylthio group, one might expect the metal
complexes of 2-ethylthio-iso6rotic acid to be more
stable than the corresponding isoorotic acid com-
plexes. Table 111 indicates the reverse to be true.
Short and ThompsonDfrom infrared data show that
in 4-hydroxy-2-methylthio-6-methyl- or 6-amino-
4-hydroxy-2-methylthio-pyrimidine, the structure
is probably enolic. Therefore if 2-ethylthio-
isoorotic acid is enolic whereas isoorotic acid is
ketonic, the former complex would be less stable
than the latter, since metal binding by oxygen in
-OH is probably weaker than by ketonic oxygen.
Table 11l shows that the metal complexes of 2-
ethylthio-isoorotic acid are indeed less stable than
the corresponding isoorotic acid complexes, for
all of the six metal ions investigated.

5-Nitroorotic acid was obtained as the potassium
salt, and titration curves of the potassium salt
with base are given in Fig. 3. The formation
constants listed in Table Ill for the 5-nitroorotic
acid complexes may seem too high, in view of the
strong negative inductive effect of the nitro group.
However, the binding sites are probably the car-
boxylate anion and the adjacent ring nitrogen, with
the nitrogen having a negative charge because of
proton removal. The influence of the nitro group
is thus somewhat counterbalanced, and the metal
complexes of 5-nitroorotic acid have about the
same stability as the isoorotic complexes.

Titration curves of orotic acid in the presence of
Ni(Il) ion indicate that two protons are released
on complexaticn. In calculating the formation
constant of the Ni(ll) complex, therefore, both
acid dissociation constants, Ki and Ki, of orotic
acid must be used. The binding sites in orotic
acid are probably the carboxylate and the adjacent
ring nitrogen anions. The value of log k, is cal-
culated to be 6.95 at m = 0.1, 25°, as compared with
log fci = 5.9 for the Ni(ll) complex of picolinic
acidBat m= 0.02, 25°. In picolinic acid, the bind-
ing sites are taken to be the carboxylate anion and
the adjacent ring nitrogen. However, the ring
nitrogen is uncharged, so that the picolinic acid
complex is not expected to be as stable as the cor-
responding orotic acid complex.

In order to elucidate the role of the carboxyl
group in complexation, the methyl esters of isoorotic
acid and of 5-nitroorotic acid were titrated in the
absence and presence of metal ions, and only weak

(18) F. Holmes and W. R. C. Crimmin, J. Chem. Soc., 1175 (1955),
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complexation was observed. This indicates the
necessity of the carboxylate anion in stabilizing
the chelate. A similar drop in metal complexation
is observed when glycine ester replaces glycinel92
in the formation of Ni(ll) and Cu(ll) complexes.

(C) lon-exchange Studies—Ahrland, et al -1
have shown that the complex formation curve is
dependent on concentration of metal ion, if poly-
nuclear complexes exist; while if the complex
formation curve is independent of metal ion con-
centration, the complex is mononuclear. In the
pH experiments described in section (B), the total
metal ion concentration was either 0.02 or 0.002 M.
In order to obtain a wider range of metal ion con-
centration for the purpose of deciding whether the
complexes are mononuclear or polynuclear, we
have carried out several ion-exchange experiments
using radioisotopes, where the metal ion concentra-
tion is of the order of 10-¢ M.

Figure 4 summarizes the ion-exchange results
obtained with Zn-65 complexes of isoorotic acid
and 5-nitroorotic acid. kd is the distribution
coefficient defined as

g _ % of tracer metal in resin phase (M,)
d % of tracer metal in soin, phase (M,,)
ml, of soin, phase
g. of resin

The formation constants, calculated from the slopes
of the lines in the manner described by Li, et al. o
were found to be: log ki = 2.65 and 2.54 for the
isoorotic acid and 5-nitroorotic acid complexes,
respectively. These values agree with those listed
in Table 11l for the corresponding complexes to
within 0.04 log unit.

Smith and Albertyd from pH measurements
found that Na+ complexes with adenosine mono-
phosphate, AMP“2 and that fti = 29 = 04 at
p = 0.2, on the basis of the assumption that tetra-
propylammonium cations do not form complexes.
We have carried out ion-exchange experiments at
pH 7.0, using tracer Na-22, Dowex-50 resin in the
tétraméthylammonium form, with the total ionic
strength kept constant at 0.25 with tétraméthyl-
ammonium bromide. In the AMP concentration
range of 0.03 to 0.1 M, K was calculated to be 2.8
+ 0.1, in agreement with the pH result of Smith
and Alberty. 4

The AMP-2 complex with Mn-54 also was
studied using the ion-exchange method and Veronal
buffer at pH 6.9, n = 0.1, 25c. The concentration
of the sodium diethyl barbiturate in the buffer
was 0.009 M and it has been shown previously9
that at this concentration, correction for any
interaction of the Veronal buffer with Mn(ll)
cation is negligible. The value of log & was cal-
culated to be 2.19, in exact agreement with that ob-
tained by Smith and Alberty22using the pH method.
Phosphoryl oxygen is probably the coordination
site in AMP toward Mn(ll) ion. This is evidenced

(19) J. M. White, R. A. Manning and N. C. Li, J, Am. Chem. Soc.,
78, 2367 (1956).

(20) 1, M. Kilotz, I. L. Faller and J. M. Urquhart, J. Phys. Colloid
Chem., 54, 18 (1950).

(21) s. Ahrland, R. Larsson and X. Rosengren, Acta Chem. Scand.
10, 705 (1956).



1574

by the essentially identical value of log Ay found2
when Mn-AM P was studied in 99.8% D2 medium.
The formation constants of the four complexes
described in this section, using the ion-exchange
method, agree closely with the values obtained
(22) R. M. Smith and R. A. Alberty, J. Am. Chem. Soc., 78, 237ft,

(195ft).
(23) P. Tang, unpublished results.

Bojan Hamlin Jennings and Suzanne E. Townsend
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using the pH method. Since the difference in the
metal ion concentration used in the two methods
is clearly very great, the agreement must mean
that these complexes are mononuclear.
Acknowledgment.—The authors are indebted to
Mr. R. Scmgg and Miss P. Tang for assistance in
carrying out the ion-exchange experiments.
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The sonochemical reactions of CCL.-1120 mixtures in an argon atmosphere have been investigated and compared with those

of HCCIs-H.O mixtures.

initiation period, the rates of formation of certain products were found to be constant:
d(C.Clg/di = 4.2 junoles/min. (20°); the rate of production of C.Cl. was an order of magnitude slower;
tal Cl. concentration remained essentially constant after the first half hour of reaction.
of production of inorganic chlorine was insensitive to a 15° temperature change.
reaction were HC1, C.Cl and C.Cl4: d(Cl)/di = 4.1 ~equiv./min. (20°).

The observed products from the CC1. reaction were C02 02 CI2 HC1, C.Cls and C.Cl14 After an

d(Cl)/di = 9.6 ,uequiv./mm.;
the elemen-
After the initial period, the rate
The products identified from the HCC1s
Some interrelationships between cavitation

and chemical reaction are discussed. A free radical mechanism is proposed to account for the rate data and observed products.

Introduction

In 1927 Richards and Loomislconducted a pre-
liminary experimental survey of the chemical effects
of high frequency sound waves. Since that time
many chemical reactions have been observed to oc-
cur in an ultrasonic field.2 Addition, hydration,
hydrolysis,8 decomposition,4 oxidation,5reduction,6
and rearrangements7 are among the types of reac-
tion reported to be initiated or accelerated by ultra-
sound.  Polymerization8 and depolymerization9
reactions also have been investigated under various
conditions.

Recently there have been several successful at-
tempts to interpret experimental results on the
basis of free radical reaction mechanisms.10-18 This

(1) W. T. Richards and A. L. Loomis, J. Am. Chem. Soc., 49, 3086
(1927).

(2) A comprehensive bibliography of ultrasonic chemical reactions
covering the literature through 1949 is given by A. Weissler, J. Acoust.
Soc. Amer., 25, 651 (1953). References to more recent work are found
in subsequent footnotes.

(3) D. Thompson, F. C. Vilbrandt and W. C. Gray, ibid., 25, 485
(1953).

(4) D. L. Currell and L. Zechmeister, J. Am. Chem. Soc., 80, 205
(1958).

(5) (@ A. l. Virtanen and N. Ellfolk, Acta Chem. Scand., 4, 93
(1950); (b) P. Renaud, J. chim. yhys., 50, 136 (1953); (c) R. O. Prud-
homme, ibid., 54, 332 (1957).

(6) A. V. Sokol'skaia and I. E. El'piner, Soviet Phys.:Acoustics, 3,
§3, 313 (1957).

(7) C.W. Porter and L. Young, J. Am. Chem. Soc., 60, 1497 (1938).

(8) (a) A. S. Ostroski and R. B. Stambaugh, J. Appl. Phys., 21, 478
(1950); (b) O. Lindstrom and O. Lamm, J. Phys. Colloid Chem., 55,
1139 (1951); (c) R. Schulz, G. Renner, A. Henglein and W. Kern,
Makromol. Chem., 12, 20 (1954).

(9) (@) R. O. Prudhomme, .7. chim. phys., 47, 795 (1950); (b)
H. H. G. Jellinek, J. Polymer Sci., 22, 149 (1956); (c) M. A. K.
Mostafa, ibid., 33, 295, 311, 323 (1958); (d) W. Roberts, E. Yeager and
F. Hovorka, Tech. Rept. 18, Office of Naval Research Ultrasonics Re-
search Laboratory, Western Reserve University, Cleveland, Ohio, 1957.

(10) (a) R. Schulz and A. Henglein, z. Naturforsch., 8B, 160 (1953);
(b) P. Alexander and M. Fox, J. Polymer Sci., 12, 533 (1954); (c) see
also ref. 5¢c and 8b.

(11) A. V. M. Parke and D, Taylor, J. ChemmSoc., 4442 (1956).

suggests the possible use of ultrasound as a means of
generating free radicals at room temperature.

In order to gain further insight into the nature of
ultrasonic reactions, we investigated the effects of
ultrasonic energy on a relatively simple system,
carbon tetrachloride-water in an inert atmosphere.
Although mixtures of CC14H 20, with added KI,
were among the first to receive attention in ultra-
sonic chemistry,1114 the reactions of CCl4alone in
aqueous suspension have been the object of but
little research. It has been recognized1516 that
oxidation occurs, but mechanistic studies, in the
absence of air, have never been made. We have
attempted to characterize all the products generated
when CC14H 2 mixtures are ultrasonorated and
have followed the rate of production of some of the
major components. We have compared these re-
sults with those obtained from HCCI3-H20 under
the same reaction conditions. Such analyses should
increase our understanding of the nature of the
reaction intermediates.

Experimental

Apparatus.— Cylindrical glass vessels, s ” long and 2" in
diameter, used for all rate experiments, were furnished with
essentially sound transparent bottoms made of 50 gauge
Saran (Dow Chemical Co.). Each vessel top was provided
with a gas outlet tube, an inlet tube and a thermometer;
the latter two were raised above the liquid surface during
ultrasonic runs to minimize non-reproducible sonic reflec-
tions. Glass bottomed vessels were used for runs on which
qualitative tests for CO. and 0. were made.

The source of sound energy for most of the experimentsg

(12) M. Del Duca, E. Yeager, M. O. Davies and F. Hovorka, J.
Acoust. Soc. Amer., 30, 301 (1958).

(1S) A. Weissler, 3. Am. Chem. Soc., 81, 1077 (1959).

(14) A. Weissler, H. W. Cooper and S. Snyder ibid., 72, 1769 (1950) ;
and literature referred to herein.

(15) (a) A. Kling and R. Kling, Compt. rend., 223, 1131 (1946); (b)
S. Prakash and S. C. Srivastava, Z. physik. Chem. {Leipzig), 208, 127
(1958); (e) M. R. Levy, Nature, 185, 159 (1960).

(16) S. C, Srivastava, ibid., 182, 47 (1958).
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was a Birtcher Medical Ultrasonic Generator, Megason
Model 110, modified to by-pass the timer. This unit oper-
ates at a frequency of 1 me./sec. with a rated electrical out-
put of 15 watts (3 watts/cm.2). The corresponding acousti-
cal power inside the reaction vessel was 6.1 watts as measured
by substitution calorimetry.7 The runs used for C02and
0» analyses were carried out on a more powerful General
Electric Ultrasonic Generator, Model GEI1-29578, 300 kc./
sec., 75 ma. plate current; acoustical power received by the
reacting solution through glass bottomed vessels, 5.0 watts.T7
It was established by experiment that the difference in fre-
quency between the two units did not affect the nature of the
products.

Procedure.— Before use, distilled water was boiled for at
least an hour and aspirated (~2 cm. Hg) for at least 45 min.
99.99% pure commercial argon (Linde Air Products),
further purified by passage through a train containing Fieser’s
solution,18 saturated lead acetate solution, and Ascarite,
was used to pump the deaerated water through a suitable
pipet into the reaction vessel from which air previously had
been swept by a stream of argon.

Spectroscopic or analytical grade CCl4and HCC13(Mathe-
son, Coleman and Bell) were deaerated by boiling just prior
to use, rapidly cooled to 20°, and added by pipet through a
capillary adapter to the water in the reaction vessel while a
continuous flow of argon saturated the system. Inlet and
outlet tubes were closed and the vessel seated directly on the
quartz transducer in a thermostated water-bath, a thin
layer of water serving as a coupling liquid. Reactions were
allowed to proceed for time periods from 15 min. to 3 hr.

Analytical. (A) Trichloroacetic Acid and Chloroform.—
The reliability of Fujiwara’s colorimetric testl for HCC13
and hydrolytic precursors thereof was confirmed using a
series of known mixtures. Reported sensitivity is 1 p.p.m.

HCC13in HD. Twelve ml. emulsified reaction mixture was
treated with 6 ml. of 10% NaOH and 4 ml. of colorless
pyridine.

(B) Oxygen.—The gas above the reacted mixture was
displaced by means of deaerated water into a basic pyrogallol
solution® prepared and protected under argon.

(C) Carbon Dioxide.— Gas above the reacted mixture was
displaced by means of deaerated water into a Ba(OH)2
solution protected by an argon atmosphere. The base was
was also added directly to the ultrasonorated mixture.

(D) Hydrogen Peroxide.— Titanium sulfate served as a
sensitive reagent for determination of HD 221 0.3 ml. of tita-
nium solution2Mlwas added, with thorough mixing, to 3 ml. of
aqueous reaction mixture and the % T at 410 mu was read
on a Beckman DU spectrophotometer (1 cm. cells) against a
blank of untreated reaction mixture. This procedure also
served as a check that the water used had been thoroughly
freed of air; traces of nitrites formed during ultrasonic
reaction5‘ caused the Ti-H 2 2complex to fade rapidly. The
precision of this colorimetric method is approximately 0.1%
as estimated from standard curve determinations with sam-
ples of known HD 2 concentration. The results from ultra-
sonic runs used to obtain the rate constant for peroxide pro-
duction were reproducible within 3%.

(E) Total Inorganic Chlorine. (1) CCl4 Reactions.—cCa. 5
ml. of 6 A7 NH4AOH was introduced directly into the reacted
mixture, 2 the closed vessel agitated and the fumes allowed
to settle before transference to an erlenmeyer flask. Ad-
ditional NHAOH was put in to repress hydrolysis of the
NHIiCI, the solution evaporated to a suitably low volume
and diluted quantitatively to 100 ml.  Aliquots were titrated
with standard 0.01 N Hg(NO.i)2 solution using diphenyl-
carbazone-brom phenol blue mixed indicator.3 (2) HCC13

(17) The acoustical energy measurements were made by Josephine
N. McFadden working under National Science Foundation Under-
graduate Research Participation Grant No. EO/3/43-1427, summer,
1960.

(18) L. F. Fieser “Experiments in Organic Chemistry,” 3rd ed.,
D. C. Heath and Co., Boston, Mass., 1955, p. 299.

(19) K. Fujiwara, Sitz. Nat. Ges. Rostock, 6, 33 (1916);
3201 (1917).

(20) D. D. Williams, C. H. Blachly and R. R. Miller, Anal. Chem.,
24, 1819 (1952).

(21) (@) G. M. Eisenberg, Ind. Eng. Chem., Anal. Ed., 15, 327
(1943); (b) A. Weissler, ibid., 17, 695 (1945).

(22) N. FI. Furman, ed., “Scott's Standard Methods of Chemical
Analysis,” 5th ed., D. Van Nostrand Co., Inc., New York, 1939, p. 264.

(23) F. E. Clarke, Anal. Chem., 22, 553 (1950).
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Reactions.—After the ultrasonorated emulsion had separated,
5-ml. aliquots were withdrawn directly from the aqueous
phase and titrated as above.Z3 Determination of Cl- with
Hg(NO03)2is precise to ca. 0.1%; greater error attended the
analyses of ultrasonic runs: values averaged for calculation
of rate constants were within 10%.

(F) Elemental Chlorine.—The pale yellow CCl4reaction
mixture was agitated to redissolve any Cl2which may have
been ultrasonically expelled from the liquid. The whole
then was titrated, after transference to an erlenmeyer con-
taining excess K1, against standard 0.01 N NaXS2ZC3using
the CCl4as the indicator. The titration is precise to at least
0.1%; analyses of ultrasonic runs were within 4%.

(G) Total Acidity.—(H+) was determined by titration
with standard base. Error in results paralleled the error for
chloride determination.

(H) Organic Constituents.— C2CI6 was isolated many
times from the organic layer as a pure white solid; m.p. 186.9-
187.4° in a sealed tube; mixed m.p. with commercial C2C16
(Matheson, Coleman and Bell) 186-187.5°. Quantitative
gas chromatographic analyses were made with a modified
Reco Distillograph Model D-2000 (Research Specialties,
Richmond, California) using the organic layers left after
thiosulfate titration of the entire mixture. For CZ1Gde-
terminations a Silicone GE-SF96 (Wilkins Instrument and
Research, Inc., Walnut Creek, Calif.) column packing was
used; 9', 1/4" diam. tubing; column temp. 138-142°;
carrier gas (He) flow: 28 ml./min.; 1-decene as internal stand-
ard. For CZXCl14 determinations, the column packing used
was Silicone DC-11 (Research Specialties); 8', 1/4" diam.
tubing; temp. 90-94°; carrier gas (He) flow: 28 ml./min.;
?n-xylene as internal standard. Peak heights were measured.
The precision of the gas chromatographic method itself,
estimated from chromatograms made with known amounts
of C2ZC14 or CZXC1Gand internal standard, is within ca. 3%.
Less precision (to within ~ 5%) accompanied the analyses of
ultrasonorated material because the organic aliquots were
slightly wet, being withdrawn by syringe from an aqueous-
organic system. The error in CZCl4 determinations, espe-
cially for short runs, was much greater than the error in CZC1G
determinations because of the significantly smaller amounts
of CZXCl4and correspondingly lower peak heights.

Results

Results of analyses for products from the ultra-
sonoration of CCI4-H20 and HCC1SH D in an inert
atmosphere are summarized in Table 1. Table 11
includes the rate data for formation of certain prod-
ucts from the chlorinated hydrocarbons and for
peroxide production from deaerated water under
the same conditions.

The absence of CCI3COOH, or HCCI3 from
among the CC.4products is noteworthy. No chlo-
rinated hydrocarbons other than C2CI6 and C2Cl4
were detected although the gas chromatograms
were carefully searched for their presence.

In contrast to the CC14 system, no C02 CI2 or
any other oxidizing agent was ever found among the
products from HCC13 Trace amounts of 02were
detected as compared with the relatively large
amounts formed from the CCl4reaction. Much less
C2CI6 was produced from HCCI3 than from CC14;

trace amounts of C2Cl14 were formed; no other
chlorinated hydrocarbons were detected.
Table Il shows how variation in amount of rea-
gents affects the yield.
Discussion

Precision and Reproducibility of Results.—
Throughout the history of ultrasonic reactions
there has been persistent recurrence of difficulties
in obtaining quantitatively reproducible results.
The present investigation offers no exception.
Divergence in results as great as 30% occurred
more often than would be expected on a statistical
basis. Such deviant data were discarded and the
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Table |
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Observed P roducts from tiie Ultrasonoration of Aqueous COL, and HCCh in an Argon Atmosphere

Reactants

CO02»

2 ml. HCCh, 20 ml. HD 0
2ml. CCl4, 20 ml. HD +

« Qualitative tesis on 2 hr. runs, 20°.
' Quantitative determinations on 2 hr. runs only;

H20?2
0
0

Tabte Il

CCUCOOH*" HCChO Chi* Gl-i H+c C:CU& CjCle*
0 + + trace +
0 0 + + + + +

6 Quantitative determinations on runs from 15 min. to :i Ur.; see Table Il for rates.
in all analyses (H+) = (Cl~).

Observed Rates of Appearance of Products from Ultrasonoration of CCl4 HCCh and HD in an Argon
Atmosphere: (i.l Watts Acoustical Power; 1Me./sec. Frequency

Substrate
2 ml. ccl4
20 ml. 1i:0

> ml CCl.,
20 ml. HjO

2 ml. CCh,
20 ml. HD

2ml ccig

20 ml. HD

2 ml. UCCI,,
20 ml. HD

20 ml.
deaerated

HO

E ffects of Various Amounts and Ratios of CCI4-1120

Temp,,

°C.

20

35

20

20

20

20

20

35

Rate

10D _ g
d

/¢equiv./min.

dcn
@ -
Jaequiv./rnin.

4@ - 0.0
d

/;equiv./min

9.0

d(CZif)
fi

/¢moles/min.

dicich)
it

/¢moles/min.

“w o

CKOIT _
di

/lequiv./min.

d(n®
dt

d( 112021
di

= 6.6 X 10~2

/¢moles/ min.

Tabte Il

4.1

6.6 X 10~2

/¢moles/min.

Standard

+0.14

+0.25

+0.22

No. of time
intervals for
which data
were obtained Remarks
8 (from 15- Total (Cl) includes (CI-) plus converted CI2 Ini-
180 min.) tial non-linear rate faster than steady state linear
rate established after ~40 min. at 20° and ~25
min. at 35°. Initial rate slower at 35° than at
20-°.
4 (from 15- (Cl)”%»». =7.0 X 10~4eq;;
180 min.) (CH)T®dMM = 20.5 X 10~4eq.
OB min =3.7 X 10~4eq.;
(CHi® mm = 18.6 X 10*4eq.
16 (from Initial non-linear rate faster than steady state
15-180 linear rate established after ~30 min.
min.)  (Cl123dmm = 1.5 X 10_4eq.;
(C12i®nin = 2.2 X 10 4eq#
9 (from 40- Initial non-linear rate slower than steady state
180 min.) linear rate established after ~40 min.
(CZI6Dmin = 0.6 X 10 4moles; (CoIBnin —
6.5 X 10_4 moles
4 (from 90- Conen, too low to measure before 90 min. Preci-
180 min.) sion of all data low (see Experimental); actual
results (av. moles):
90 min. 0.8 X 10-6; 120 min. 1.4 X 10~6
150 min. 2.1 X 10-5; 180 min. 3.1 X 10~5moles
7 (from 15- Initial non-linear rate faster than steady state
120 min.) linear rate established after >515 min.
(Cl )ibmin = 1.1 X 10 4eq.; (Cl)Dmn =
5.4 X 10"4eq.
5 (from 10- H202 production started slowly, rose compara-
120 min.) tively rapidly and tapered off to steady state
linear rate after ~40 min. Early reaction faster
at 35° than at 20°.
4 (from 15- (HA2)“° min = 4.0 /gmoles; (H23”0mn = 9.3
120 min)  /¢moles

(HDX nmin = 5.0 /¢moles; (HD 2“6 mi» = 10.3
/¢moles

The causes of these large deviations lie not in the

analytical procedures themselves but in some aspect
of the ultrasonic procedure.
of error can be suggested.

At least three sources
(1) Unless the coupling of

the transducer to the reaction vessel is identical
from run to run there will be variations in the in-
tensity of the sound reaching the reacting medium

with consequent variations in the yield.

The use

on Yield of Total Inorganic Chlorine; 2 Hour Runs;
20°
————-Yield, egniv. Cl X 104--------*
MI. COU 20 ml. ITO 100 ml. 1120
10.0 161
5.0 17.0
3.0 16.0
2.0 14.7 10.1
0.4 14.5
0.2 15.2 15.3

precision of the information used for calculation of
rates is indicated above (see Experimental).

of Saran-bottomed vessels greatly facilitates, but
does not guarantee, reproducibility in coupling.
(2) A high frequency generator does not maintain
absolutely constant electrical output; the acoustical
output varies accordingly. Ideally the reacting
system should be monitored constantly by some
suitable energy detector and compensation should
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be made for fluctuations in sound intensity. (3)
The amount of gas dissolved in the reacting liquids
at the start of reaction is apparently significant.
When care was taken to thermostat the water at 20°
during argon saturation just prior to reaction, the
analytical results (HD 2 were precise within 2-3%,
representing the best reproducibility attained in
this investigation. When, however, gas saturation
was effected at the prevailing room temperature
(20-27°) reproducibility was only within 6%.

Cavitation and Chemical Reaction.—All chem-
ical reactions occurring in an ultrasonic field are
governed by cavitation, which is the formation and
collapse of either gaseous or vapor bubbles within
the liquid.24 Various theories have been advanced
to account for the chemical activation associated
with cavitation. At low sound intensities the
activation has been attributed to either electrical,5
thermal,Bor pressureZ phenomena which are coin-
cident with bubble collapse. At extremely high
intensities there is evidence for the importance of
mechanical effects resulting from shearing action in
the liquid adjacent to the resonating bubble.dd
The initiation or acceleration of chemical reaction is
most often achieved in the presence of water, the
peculiar efficacy of which must reside in some unique
aqueous property, or combination of properties,
which allows abnormally high energy release during
the cavitation process. For example, the surface
tension of water is 72.75 dynes/cm. at 20° compared
with approximately 25 dynes/cm. for most organic
liquids. This could account for greater energy re-
lease on collapse of bubbles formed in water.

In the discussion which follows attention will
first be focused on evidence which supports the
idea that the cavitation bubbles are indeed the
reaction sites. It will then be shown that certain
rate results can be understood only by considering
how the reacting system itself affects the cavitation
process. Finally a mechanism accounting for the
observed products will be presented.

When CCh alone was ultrasonorated at an in-
tensity of 6.1 acoustical watts, some cavitation
occurred but there was no reaction. When as little
as 1 ml. of HD was added to 100 ml. of CCh, reac-
tion ensued. The total inorganic chlorine yield is
not significantly sensitive to large changes in the
ratio of CCl4 to HD as can be seen from Table I11.
These results as well as the zero order® tempera-
ture-independent reaction rates are what would be
expected if the rate-determining steps occur in the
cavitation bubbles. As long as sufficient reactant is

(24) (a) A. E. Crawford, “Ultrasonic Engineering,” Butterworths
Scientific Publications, London, Eng., 1955, Chap. 2; (b) ref. 29, pp.
225-234.

(25) (a) E. N. Harvey, J. Am. Chem. Soc., 61, 2392 (1939); (b)
J. Frenkel, Acta Physicochim. U.R.S.S., 12, 317 (1940);
Trans. Faraday Soc., 46, 546 (1950).

(26) M. E. Fitzgerald, V. Grilling and J. Sullivan, J. Chem. Phys.,
25, 926 (1956).

(27) M. Kornfeld and L. Suvorov, J. Appl. Phys., 15, 495 (1944).

(28) 1t should be pointed out that although the constancy of experi-
mental rates is cited as evidence of the dominating role played by
cavitation, the linearity of the total chlorine production from CCU is
perhaps fortuitous since, as is suggested in the text, there are evidently
several reactions leading to Cl- from CCh, some of which are independent
of cavitation. As discussed under Mechanism the rates of appearance
of Clsand C2CU, from CCh are each the resultant of a rate of formation
and a rate of consumption.

SONOCHEMICAL. REACTIONS OF CARBON TETRACHLORIDE-WATER

(c) N. Miller,
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available the amount which enters the cavitation
bubbles per unit of time will be constant and de-
pend on the vapor pressure of the compound.
Furthermore, if no chain reactions are involved,
and if more molecules are available than energy
requisite for reaction, the reaction rate will be de-
termined only by the energy, which is, in turn de-
termined by the amount and intensity of cavitation.
The temperature independence of [d(Cl)/di]CCl*and
d(HD 2/dt implies that the intensity of cavitation
is not significantly altered over a 15° ambient tem-
perature rise, also that the rates of primary reac-
tions are indeed determined by the cavitation energy
alone: more molecules of reactant would be ex-
pected to enter the bubbles at 35° than at 20° (v.p.
in mm. Hg: HD, 20°, 17.5; 35°, 42.2; CCh, 20°,
89.2; 35° 174). The equality of rates at the two
temperatures incidentally emphasizes our poor un-
derstanding of the causes of inhibition of cavitation
effected by certain volatile materials.189 The
very slight difference in total yield of inorganic
chlorine when the amount of water is increased
from 20 to 100 ml. (Table I11) is consistent with the
proposal that the amount and intensity of cavita-
tion determine reaction rates, since the opportunity
for effective cavitation is increased only a little, if at
all, as the amount of water is increased. Even if
the sound energy were sufficient to support more
cavitation than occurs in 20 ml., the bubbles them-
selves place an upper limiu on the amount of cavita-
tion which can be produced.®

It is instructive to consider possible reasons for
the change in some rates (Cl from CCh; CI- from
HCCh; and HD 2from H2D) over the initial period
of reaction (see Table Il). The causes for these
changes cannot be the same in the peroxide case as
in the chlorine cases. Consider first the homogenous
reacting medium, H®D. Our data for HD 2produc-
tion reveal an initial slow rate, lasting a few minutes,
followed by a faster rate which is, within 40 min.,
finally superseded by a slower constant reaction
velocity (6.6 X 10~2 /;moles/min.). Parke and
Taylor,1 who followed this reaction during its
early stages, also noted an initial increase in rate
which they attributed to ultrasonic degassing;
although some of the evidence concerning this point
is conflicting,11 there are indications that the gas
content of a liquid can influence the efficiency of
cavitation1® (see also Precision of Results). The
final constant rate probably results from the even-
tual establishment of chemical equilibrium involv-
ing the decomposition of some of the peroxide
formed. Such a reaction has been incorporated in
the mechanism proposed for the ultrasonic reac-
tions of water in an inert atmosphere.1213

HOH — ~ H- + -OH m
2 H--—--> H2 ()

2 -OH----- HD2 R Atfirr™00 = +52 kcal.d

H- + HD2— > H,0 + -OH (4 All = -G8 kcal.d
HO- + H2— > HD + H- 5)

(29) T. F. Huetex and R. H. Bolt, “Sonics,” John Wiley and Sons,
Inc., New York, N. Y., 1955, Chap. 6.

(30) Bond dissociation energies and the resonance energy of -CCla
are taken from C. Walling, “ Free Radicals in Solution,” John Wiley
and Sons, Inc., New York, N. Y., 1957, pp. 48-50. AH values were
calculated from appropriate bond dissociation energies.
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The decrease in rate of the peroxide production
after 40 minutes may be attributed to increased
importance of reaction 4 as the H202 concentration
builds up. Del Duca’s isotope analyses12 imply
that the reverse of reaction 3 does not occur to any
significant extent; furthermore, reaction 4 is ener-
getically the more favorable.

A similar argument cannot be valid for the pro-
duction of chloride ion from HCC13and CC14 (total
chlorine minus Cl2, since there is little likelihood
that the ion can get into the cavitation bubble to
undergo reverse reaction even if such reaction were
feasible. In the heterogeneous systems the de-
crease in reaction rate may be associated with the
slow emulsification which occurs during the first 30
to 40 minutes of ultrasonoration. It is known that
the cavitation threshold and degree of cavitation
depend on many characteristics of the supporting
liquid.® The emulsified liquid may not support
cavitation, and therefore reaction, as effectively as
the simple two-phase system. Added to this effect,
in CCl4, is the fact that CO2 is a product and this
gas is known to inhibit the progress of many ultra-
sonic reactions, including the disruption of the CC14
molecule.3L

If cavitation is indeed less effective in the emulsi-
fied liquid, a possible explanation is at hand for the
fact that the initial rate of total inorganic chlorine
production from CC14is not as fast at 35° as at
20°.33 Emulsification occurs more quickly at the
higher temperatures® (interfacial tension, CCl4
H2, 45.05 dynes/cm. at 20°; 43.55 dynes/cm. at
35°).38 The slower constant rate sets in sooner
with consequent lower yields of total inorganic
chlorine at the higher than the lower temperature.

Reaction Mechanisms.—Cavitation evidently
provides the energy which promotes chemical
transformations. Whether the nature of this
energy is thermal, electrical, or otherwise, there is
good evidence that in certain cases it causes homo-
lytic bond scission.11-13 The resulting free radi-
cals may then react within the cavitation bubble or
outside of it. The reactions of CCl4and HCC13in
aqueous suspension in an inert atmosphere can be
interpreted on the basis of a free radical mechanism.

Energy requirements suggest that if HD can
undergo homolytic dissociation,1213 CC14 and
HCCI3 molecules, which must also be present in the
cavitation bubbles, should likewise experience pri-
mary cleavage

(31) V. Griffing, 3. Chem. Phys., 18, 997 (1950).

(32) It has been suggested that the lower yields of total chlorine at
the higher temperature are more apparent than real because of the
lower solubility of Cb at the higher temperature and consequent losses
of CI2into the gas phase. This is considered unlikely for two reasons:
(1) in the analytical procedure NH40H was introduced directly into
the reaction vessel through the inlet tube and the ClI2 was fixed before
the top was removed (see Experimental); (2) the solubility of Cl2in
water alone is approximately 0.1 g./20 g. H20 at 35° (interpolated from
Handbook values); the amount of CI2 produced during an ultrasonic
reaction is less than this by more than a power of ten. In addition,
CCh, avery good solvent for Cb, is present.

(33) See, however, c. Bondy and K. Sollner, Trans. Faraday Soc., 32,
556, 616 (1936). These authors state several times that high tempera-
ture is disadvantageous to ultrasonic emulsification. No experimental
temperatures, frequencies or sound intensities are mentioned in their
articles, thus making it difficult to compare their results with those
recorded here.

(34) W. D. Harkins and Y. C. Cheng, J. Am. Chem. Soc., 43, 35
(1921).

BOJan Ham1in Jennings and Suzanne E. Townsend

Vol. 65

keal.
HOH — HO- + -H [6h) + 120
CCl4—5 -cc13+ -Cl ©) + 68
HCCh - -*s H- + -CCh  (7) + 90

HCCh - -> -Cl + -CHCh (8)

Because of the high resonance energy of «CC13 (12
kcal.3), reaction 7 is expected to occur to some ex-
tent, despite the fact that in general C-H bonds are
stronger than C-CI bonds.

Once the radicals are freed their subsequent fate
will depend on their concentrations and on energy
considerations. Consider these displacement re-

actions
Cccl4 Kcal. )%
H + CCl4— HCl + -CCh © A+ = -34
E*-3.3
«d+ CCl4— cCh + -CCh (10) AH = +10
fa~+12
HO- + CCl, - » HOC1 + -CCh (11) AH = +8
HCCh
H + HCCh- > H, + -CCh, 12) AH = -14.2
Eaiow 3s
IT+ HCCb- > HC1+ -CHCh (13) E.~4.3
«d+ HCCh- -> HC1 + -CCh (149 AH = -13
Ea~4.3
HO- + HCCh — HOH + -CCh (15) AH = -30

The concentration of molecules at the reaction
site is probably greater than the concentration of
primary free radicals, leading to the expectation
that radical coupling will compete successfully
only when high activation energies are associated
with the displacement reactions available to a given
radical. Atomic hydrogen could react according to
the highly probable reactions 9, in CC14 or 12 and
13, in HCCh; there is evidence that 12 is pre-
ferred over 13.8& The low activation energy of
reaction 14 would suggest that any atomic chlorine
formed by reaction 8 would be consumed by dis-
placement to the exclusion of chlorine-chlorine
coupling, thus accounting for the absence of CI2
among the products from the HCC13reaction. The
less favorable activation energy for a similar reac-
tion between -Cl and CCl14 equation 10, would
allow the coupling of chlorine atoms to contribute
substantially to the production of the observed CI2
from CCl4 By the same argument, hydroxyl
radical coupling could compete successfully with
the endothermic displacement by -OH on CC14
reaction 11; but the analogous reaction 15, which is
exothermic, would be expected to be more likely
than hydroxyl coupling in HCC13

This brings us to the conclusion that HD 2 could
be formed from the CC14 system and not to any
marked extent from the HCC13system. Its pres-
ence was observed in neither case; however, the
fact that it was not found among the products
does not preclude its formation. Any H2 2 pro-
duced in the CC14H2 mixtures would be consumed

(35) Activation energies are taken from E. W. R. Steacie, “Atomic
and Free Radical Reactions,” 2nd ed., Reinhold Publ. Corp., New
York, N. Y., 1954, Ch. X.

(36) E. Cremer, J. Curry and M. Polanyi, Z. physik. Chem., B23,
445 (1933).

(37) (@ M. S. Kharasch, E. V. Jensen and W. H. Urry, J, Am.
Chem. Soc., 69, 1100 (1947); (b) M. J. Boeseken and H. Gelissen,
Rec. trav. chim., 43, 869 (1924); (c) A. F. A. Reijhart, ibid., 46, 72
(1927); (d) D. F. DeTar and D. V. Wells, 3. Am. Chem. Soc., 82, 5839
(1960).
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according to reaction 16 which can also account
for both the nearly steady concentration of CI2
after the first half hour of reaction, and the ap-
pearance Of C2

H202 4 CI2— HC1 -p 02 (16)

In order to explain the experimental data it is
necessary to assume that reaction 16 is fast and
that, in the early period of reaction, the Cl2is made
at a faster rate than is peroxide; as reaction time
increases, the two rates become approximately
equal, the Cl2rate being very slightly faster than the
peroxide rate. Traces of 0 2found among the prod-
ucts from HCCI3 could result from HC. catalyzed®
decomposition of peroxide formed in trace amounts
by «OH coupling.

Coupling of the trichloromethyl radicals leads to
C2CI0

2-CCI3— > C X< @7

This reaction has been postulated many times as a
source of CZXI6 in a variety of systems.® In
HCCI3, coupling could take place between <CHCI->,
produced by reaction 8 or 13, and -H; further
attack by hydrogen atoms on CHZ:2would lead to
the ultimate production of CH3CIDwhich could not
have been detected by our analytical methods.

Tetrachloromethylene can be formed from hexa-
chloroethane via the pentachloroethyl radical, which
could originate either from reaction 18 or 19.

CX16— > -CjCU + -ClI (19
E Zlissoc, keal.
«OH — Hocl 60 for HOCI
cXxB+-H-— > -Cocb + HCl (19) 130 for HC1
«J—/->- Cb 58 for Clo
Disproportionation of the -02015 would lead to
C2Cl4
2-CX1ls— ~ CXL, + CX16 (20

If chlorine abstraction occurs and follows the same
pattern in both HCC13and CC14 <H is the correct
choice for the abstractor as indicated in equation 19;
bond dissociation energies support this alternative.

It has been suggested that intermediate -02015
can react with 02to form CCI3COCI and C0C12in
the chlorine-sensitized photooxidation of HC2CI541
and C2Cl42in non-aqueous media. Oxygen-radical
interaction may likewise be invoked here to account
for the production of C02from the CCU system and
its absence from the HCC13system, which is essen-

(38) A. Mohammad and H. A. Liebhafsky, J. Am. Chem. S o ¢ 56,
1680 (1934).

(39) (a) E. C. Kooyman and E. Farenhorst, Ree. trav. chim., 70, 867
(1951); (b) Von K. Pfordte, J. prakt. Chem., [4] 5, 196 (1957); (c)
J. W. Schulte, 3. Am. Chem. Soc., 79, 4643 (1957); (d) E. I. Heiba
and L. C. Anderson, ibid., 79, 4940 (1957).

(40) H. Fromherz and H. Schneller, Z. physik. Chem., B20, 158
(1933).

(41) H. J. Schumacher and W. Thurauf, ibid., A189, 183 (1941).

(42) Ref. 30, p. 448.
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tially devoid of oxygen
«CCL + O, 20001, + -Cl (21)
| HU)
2GO, + 2HC1

Reaction between -CCb and 02could also lead to
C023 The alternate oxidation of the pentachloro-
ethyl radical to form CC13C0C1 does not occur in
the ultrasonic reaction: we demonstrated repeatedly
that neither CCI3COOH nor HCC13 the expected
decomposition product thereof, was present among
the CCl4 products. In order to test the possibility
that CO2 arose from intermediate phosgene, ethanol,
known to destroy COC12 was added to the CCl4
(about 1% solution) before ultrasonoration. The
character of the reaction changed and a semi-solid
yellow oil was produced which has not yet been
further characterized. Contrary to expectation,
C02was still a constituent of the gas above the
reacted mixture. It should be noted in this con-
nection that although C02 was not an observed
product from HCCL1S in good accordance with the
above scheme, the evidence must be considered in
the light of the fact that the HCC13 used was sta-
bilized with up to 0.75% alcohol.

If the above proposals approximate the correct
mechanism, the rate of appearance of C2XI6 (and
possibly also C2Cl44) is the resultant of two proc-
esses. Consumption as well as production of C2C19
might well be expected to be zero order, establishing
an over-all linear rate once the concentration of C2
CU reached a sufficiently high value. The low vapor
pressure of CXCI6 (m.p. 187° in a sealed tube; b.p.
184°) may restrict the amount of this substance in
the bubbles to such a low level that, for reaction
18, available energy is not the sole rate-determining
factor.

The experimental results obtained in this study
support the hypothesis that the ultrasonic reactions
of CCl4 and HCCI3, in aqueous suspension, proceed
by primary free radical reactions, followed by the
interaction of some of the original products with
each other.
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Faradaic impedance and faradaic rectification are discussed for processes with specific or non-specific adsorption of react-

ants and/or reaction products.

No explicit form of the rate equation for adsorption kinetics is postulated. Analysis

of the faradaic impedance for processes with specific adsorption includes: derivation of a general current-potential charac-
teristic for small amplitudes without the postulating of an explicit form for the rate equation for charge transfer Kinetics;
an equivalent circuit for electrode processes in which adsorption processes are independent of one another (e.g., as for metal
deposition with amalgam formation); variations of the phase angle with frequency and analysis of some existing data in the
literature; correction for the double layer capacity. Equivalent circuits for processes with non-specific adsorption of re-
actants, i.e., with repulsion or attraction of the discharged species, are also derived for the faradaic impedance; and com-

ments are made on a related problem as solved by previous authors (Levich, Matsuda and Delahay).
is treated for the above cases, and the frequency dependence of the rectification voltage is analyzed in detail.

in the determination of kinetic parameters are pointed out.

The characteristics of electrode processes with
specific adsorption of reactants and/or products of
reaction in relaxation methods have been analyzed
by a few authors. Laitinen and Randles2 and
Llopis and co-workers3discussed the corresponding
faradaic impedance and showed that, under simpli-
fying assumptions, adsorption is accounted for by
an additional frequency-independent capacity and
resistance in the equivalent circuit. Barker4
reached a similar conclusion for absolutely equiva-
lent circuits of the faradaic impedance. Matsuda
and Delahay6 analyzed the effect of reactant ad-
sorption in the potentiostatic and galvanostatic
methods. The adsorption isotherm (Langmuir)
is postulated at the onset and the adsorption and
desorption rate constants are assumed to be po-
tential-independent in these investigations.6 These
assumptions render the model for the influence of
adsorption quite simple but they are not substan-
tiated by experiment. Specific adsorption of ions
does not follow a Langmuir isotherm as was shown
by Parsons7and Grahame8; and nothing is known
about the influence of potential on rate constants
for ionic specific adsorption. A more general
analysis in which these assumptions are not made
a priori is discussed for the faradaic impedance and
rectification methods. Some comments are also
made on electrode processes with non-specific
adsorption which had been treated previously in
this Laboratory for the conditions prevailing in
relaxation methods.9

(1) Postdoctoral research associate, January 1960-March 1961;
on leave from the Department of Agricultural Chemistry, Kyoto Uni-
versity, Kyoto, Japan.

(2) H. A. Laitinen and J. E. B. Randles, Trans. Faraday Soc., 51, 54
(1955).

(3) (a) J. Llopis, J. Fernandez-Biarge and M. Perez Fernandez,
Electrochim. Acta, 1, 130 (1959); (b) “Transactions of the Symposium
on Electrode Processes, Philadelphia,” E. Yeager editor, John Wiley
and Sons, New York, N. Y., 1959, in course of publication.

(4) G. C. Barker, “Transactions of the Symposium on Electrode
Processes, Philadelphia,” E. Yeager editor, John Wiley and Sons,
New York, N. Y., 1959, in course of publication.

(5) H. Matsuda and P. Delahay, Coll. Czechoslov. Chem. Communs.,
25, 2977 (1960).

(6) With the possible exception of Barker's work for which not
enough details are available thus far.

(7) R. Parsons, Trans. Faraday Soc., 51, 1518 (1955).

(8) D. C. Grahame, J. Am. Chem. Soc., 80, 4201 (1958).

(9) (a) H. Matsuda and P. Delahay, J. Phys. Chem., 64, 332 (1960);
(b) H. Matsuda, ibid., 64, 339 (1960).

Faradaic rectification
Implications

Faradaic Impedance for Processes with Specific
Adsorption

Current-Potential Characteristic for Small Am-
plitudes.—We consider the over-all reaction O +
ne = R for which O and R are soluble in solution
and distinguish the sequence of steps in Fig. 1,
where arrows correspond to a positive flux of
matterld mass transfer of O and R, adsorption of
O and R as heterogeneous processes, and charge
transfer between adsorbed species (to the exclusion
of charge transfer involving species O and R in
solution). Since the current density 7 is a function
of the potential E and the surface concentrations
To and Tr, one has for the first harmonic and for
small variations of potential, as prevail in the fara-
daic impedance and rectification methods1l

Sl = (dIZdE)SE + (d//dr0)sr0 + (bI/Q)T-r)5Tr (1)
where the derivatives are taken at equilibrium.
Our problem is to evaluate 5Fo and 5Fr and derive,
if possible, the elements of an equivalent circuit.
To and Fr in eq. 1are such that

driidi = £ {I/nF) =F 0 )

There i represents O and R; the upper and lower
sign correspond to O and R, respectively; the
faas are the fluxes for the adsorption processes;
n is the number of electrons in the charge transfer
reaction; and F is the faraday. The flux < in
eq. 2 for species i depends on To, FR, E, and the
concentration Ci* of species i at the electrode
surface. Thus

50i° = (O0iVhro)5ro + (a0i%rR)5rR +
(dOi»/3CF)5Ci* + (50i*/0E)SE  (3)

One further has fa* = =f $l|where fa*is the flux for
the mass transfer process at the electrode surface
for species i. For sinusoidal variations, 50* in
eq. 3isrelated to fakby

5CC —zt (h,i —jxl)Ae 4)
where j is the operator (—I)2s and hW\ and jhx,
are the real and complex parts of a function N\

(10) This convention is the opposite of the one generally adopted
for electrode processes, except in the German literature. “ Awkward”
signs are avoided with this convention.

(11) (a) The use of eq. 1 as written in terms of volume concentra-
tions is due to D. C. Grahame, J. Electrochem. Soc., 99, C370 (1952);
(b) see summary in P. Delahay, “ New Instrumental Methods in Elec-
trochemistry,” Interscience Publishers, Inc., New York, N. Y., 1954,
pp. 146-178.
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whose explicit form, which only depends on mass
transfer, will be determined below. One further
has

d(sro/di = jasTi 5)

where u = 2nf, f being the frequency. There
results by combination of the foregoing equations

SR = £ (lIri -

where the function H and G can be written (see
Appendix) in terms of the function h of eq. 4 and
the partial derivatives of eq. 3.

By introducing the 5R’s from eq. 6 in eq. 1,
one obtains the I-E characteristic for sinusoidal
variations of small amplitude

si = [@ir- jgx)/(r - jx)ISE (7)

where the functions g, r and x can be written (see
Appendix) in terms of the functions H and G in
eg. 6 and the partial derivativesineq. 1

Equivalent Circuit.—The analysis of the general
eq. 7 in terms of an equivalent circuit would be
very involved, and it is useful to consider the case
in which the adsorption processes for 0 and R are
independent, i.e., the case in which dOoddrR =
0 and &&>RI"Po = 0. Thus, we assume that the
adsorption kinetics for 0 is independent of the
surface concentration of R and vice versa. This is
the case, for instance, in the deposition of metal
with amalgam formation, and the foregoing simpli-
fication is not unrealistic. Equations for g, r
and x in eq. 7 are then greatly simplified and are
given in the Appendix.

One further simplification can be made when
the parameter R defined by

f. = (DTi/bEWIdTI/ZE) 6)

issuchthat |§§ << 1. There, (dR/d2?)aand (5R/
dE)c are the values at equilibrium for the adsorp-
tion and charge transfer processes, respectively.
The condition |R <<1 implies that the effect of
a change of potential on R is much smaller for the
adsorption process than for the charge transfer
process. (This implies that the term (b<tr,&bE)5E
in eq. 3 can be neglected.) Note that R can be
positive or negative depending on the adsorption
process. The current-potential characteristic of
eq. 7 becomes for |q <<1 (see Appendix)

sI = [1/7(r - jx)}SE 9)

The function /ii for semi-infinite linear diffusion
is directly obtained by application of Duhamel’s
theorem.22 Thus hr, = hX\ = (2wD\)~'A, A being
the diffusion coefficient of species i. Further, it
follows from the Nernst equation that bE/bCi* =
+ (RT/nF) (1/Ci°), C,° being the bulk concentration
of species i. Equations 74 to 79 in the Appendix
then reduce to

jH x;)SI £ (Gri - jGii)SE  (6)

r- jx = nt+ _X) ] el _T Zis? (10)
|:0,R 2il + Zi2 + Zi3
where rat is the charge transfer resistance
rt= 1lU(a/m
= (RT/nF)(1/h°) (11)

7& being the apparent exchange current density.
The first form of rct is a general one whereas the

(12) H. S. Carslaw and J. C. Jaeger, “ Conduction of Heat in Solids,”
Oxford University Press, London, 1947, p. 57, eq. 9.
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Fig. 1.—Mass transfer, adsorption and charge transfer at
the electrode. Arrows correspond to positive flux.

second form applies only when the Butler-Erdey
Gruz-Volmer equation is valid for charge transfer.
One further has

ZU = nd — jxid (12)
22 = —jxi“ (13)
Za = na (14)
with
RT 1 1
Ry = &
B0 L o¥x 2eoA)t cie (15)
RT 1 1
100{*\ Ci» (10)
T \ac,?)
xig= LRT 1 1 a7

anH<2 ( 0ri\ Ci»

The equivalent circuit of the faradaic impedance
(Fig. 2A) includes, in addition to the charge transfer
resistance rct and the Warburg elements and
cid (xid = l/coCid), the resistance rf and capacity
Qa (xia= l/oiCig). Itisseenfrom eq. 16 and 17 that
ria and Jaare frequency-independent. The resist-
ance rja depends on adsorption Kinetics and ap-
proaches zero as (b<ia/bCi°) —*<». As one would
expect, adserption increases the resistive part of
the faradaic impedance because it constitutes one
more barrier in addition to charge and mass trans-
fer. This follows from the model we selected,
namely, that charge transfer occurs only between
adsorbed species. The capacitance Xia depends
on adsorption equilibrium, and xf — < (c;a 0)
where dR/d O 0— 0.

The circuit of Fig. 2A is identical to the one pro-
posed by previous authors2-4 although values of
na and Ja previously reported were expressed in a
different form. It should be emphasized that the
equivalence of that circuit has been proven only
for the simplifications made in the general treat-
ment, namely, (a) that the adsorption processes
for 0 and R do not influence each other (i.e.,
bg>e/bTji = 0and bsR¥bTn = 0) and (b) that the
effect of a variation of potential on the adsorption
process can be neglected in comparison with the
effect on the charge transfer reaction (i.e., |(dR/
bE)a] « | (dR/dU)c]).

Simplified Equivalent Circuits.— Simplified forms
of the circuit of Fig. 2A will be derived, and the
element nawill be considered first. It follows from
eq. 11 and 16 that na = rct when (b<pi&bCinC{' =
7ainF, i.e., the resistance rF is equal to the charge
transfer resistance. If one assumes, for instance,
that <#ais proportional to Ci°, na= rBwhen & =
ha&nF. The adsorption resistance n* thus can be
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Fig. 2.—Equivalent circuit of faradaic impedance corre-
sponding to eq. 9 for the reaction O + ne = R, O being
specifically adsorbed: (A) general case; (B) the adsorption
exchange rate is large in comparison with charge transfer;
(C) case of sufficiently high frequencies satisfying condition
19; (D) same as (C) but for cr» Co.

Fig. 3.—Variations of the phase angle 9 for the impedance
r —jx of cqg. 9.

neglected when adsorption kinetics is such that the
adsorption exchange rate at equilibrium is much
larger than P/nF\M (Fig. 2B).

The adsorption capacitance z? can be neglected
when 2id << Xi"or, in view of eq. 15 and 17, when

(13) One should compare naalso with but experimental condi-
tions are generally such that rid is not very much smaller than rct
and, in fact, sometimes rid is larger than rct (processes with large
la®).
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(«/2Di)l<dri/dCi®) « 1 18)

Since r;d and Xid depend on 1/u, and x * depends
on 1/«, the influence of adsorption increases with
frequency. This conclusion is to be expected if
one recalls that the amplitude of the reactants
concentration variations at the electrode decreases
with frequency. The *“buffering” action of ad-
sorption thus increases with frequency. For
ions with strong adsorption, dR/dCiOcan be of the
order of 10 4-10~6 cm., and condition 18 is only
fulfilled at frequencies somewhat below those nor-
mally used in faradaic impedance measurements
(e.g., f minimum of 50 to 100 c.p.s.). Conversely,
when

(«2X>i),A(dril&CiQ » 1 19

the Warburg impedance is much larger than the
adsorption capacitance and can be neglected. This
is explained, as above, by the “buffering” action
of adsorption. Condition 19 is fulfilled for wi/ »
50 sec.~12and odA >> 500 sec 12 for dR/dCi0 =
10-4 and 10-6 cm., respectively, i.e., at relatively
high frequencies for a.c. bridge measurements. The
equivalent circuit is then very simple (Fig. 2C)
and is of interest in the experimental study of ad-
sorption effects. If only one of the species O or
R is specifically adsorbed, it is helpful to select
a sufficiently high concentration of the other
species to render the corresponding Warburg
impedance very small at the frequencies being
used. Analysis is further simplified (Fig. 2D).

Phase Angle for the Impedance (r — jx) of
Eg. 9.—The phase angle s« between voltage and
current for the equivalent circuit of Fig. 2A is
comprised between 0 and />, and the current
precedes the voltage. One has ctn 9 = r/x
In the absence of non-specific adsorption, one de-
duces from eq. 10 to 15: O-*mx/4 and ctn s “*m 1
for o*m0; 6—0 and ctn s —»¢° for © <».  Fur-
ther, ctn 9 increases linearly with oA2 (Fig. 3),
namely

ctn 0 =1 +
J RT

A2t it
orctn 9=1 + EWA
The value of ctn 9 for specific adsorption can be
readily written from eq. 10 to 17 but the resulting
equation is quite cumbersome. To simplify mat-
ters, we shall assume that adsorption is very fast
(we neglect nBof eq. 16) and that species R is not
adsorbed (e.g., metal deposition on amalgam).
If (o)/2A)l/(dri/dCi°®) < 0.1, one has

an-1+[(-(I/(@) Jp

with

X = (nF/RT){E. -

M2 (20)
il,)

ey

E°) - In ((Dr/DoYH (22)

where Ee and E° are the equilibrium and standard
potentials, respectively. If the quantity between
brackets in eq. 21 is negative, ctn 9 decreases with
odA and 9exceeds 7r/4 (Fig. 3). Further, one must
have ctn 6 — for w °0 since the faradaic im-
pedance is then purely resistive. A minimum
value of ctn 9 is thus observed when the quantity
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between brackets in eq. 21 is negative. One can
show (see Appendix) that ctn o is always positive
in the present case and that the minimum value of
ctn s decreases with exp(—X) (cf. eq. 21 and 22).

The foregoing analysis seems to account for some
of the results recently reported by Bauer, Smith
and Elvingl4on the phase angle for Cd++ reduc-
tion of Cd-amalgam. These authors observed
that ctn s either increases or decreases linearly with
wlj for values of coAup to 100 to 150 sec._l/2
according to the nature of the supporting elec-
trolyte, the Cd++ concentration and the ratio
Ccd*#/Ccd- Frequencies apparently were not
high enough in these experiments for observation
of the upper branch of the curve ctn s vs. cW2for
the case in which a decrease of ctn dwith <I'2was
observed at low frequencies. One infers from the
above interpretation of the results of Elving, et at.,
that specific adsorption of Cd++ is much more
pronounced in KNO3as a supporting electrolyte
than in NaZC4 It should be emphasized, how-
ever, that conditions in these experiments may be
more complicated than those corresponding to
the above analysis. At any rate, correct trends
are accounted for. Further support is the experi-
mental evidence for specific adsorption of Cd++
on Hg.’6 The results of Randles6 could possibly
be interpreted by the above analysis but not enough
details are available yet on this work.

Phase Angle for the Impedance (r —jx)/(g, — jgx) of
Eq. 7—We now consider the more general case in which
condition 8, namely [fi] <<1, is not fulfilled, i.c., we do
not assume that the effect of 1i on Ib is necessarily much
smaller for adsorption than for mass transfer. If &' is
the phase angle between current and voltage for the im-
pedance 1/(gr — jgX), the total phase angle between the
faradaic current and voltage is OF = 6 + 6'. The value of
o' can be written directly from the form of gT —jgx. When
adsorption processes are independent (i.e., dtpoddrR = 0
and dORadro = 0) eq. 72 and 73 of the Appendix yield

n zi2

Zi2m zi3 @3)

jgx = 1 - X
i=o,R 4l
where f; is given by eq. 8 and the z's are given by eq. 12 to
14. Equation 84 of the Appendix is obtained in the case of
metal deposition with amalgam formation.

Influence of Double Layer.—Because of specific adsorp-
tion of O and R, the double layer impedance, i.c., the
non-faradaic impedance, may be somewhat different in the
absence and presence of species 0 and R even when there is
a large excess of supporting electrolyte. If the latter
condition is met, one can assume that the charge density on
the electrode is a function of E, To and Tr only. Hence for
sinusoidal variations of the non-faradaic current density
one has for the first harmonic

Sl = ja {(aq/AE)SE + (dq/dT0)Sr0 +

(0g/orR)srR  (24)
When «-¢ m, <to—0 and 5Fr —m0 because the, concentra-
tions no longer can follow the variations of potential, and
51 —%ja(dq/dE)SE for w—wm®. The variations Sib are given
by eq. 6 which may be written as

5N = (n - jxi) + (pi - jh

(25)
with

(14) H. H. Bauer, D. L. Smith and P. J. Elving, J. Am. Chem. Soc.,
82, 2094 (1960).

(15) A. N. Frumkin, "Transactions of the Symposium on Electrode
Processes, Philadelphia,” E. Yeager ed., John Wiley and Sons, Inc.,
New York, N. Y., 1959, in course of publication.

(16) J. E. B. Randles, ref. 15, in course of publication.
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. _astzii -y )
rheopas an? 2 zi (26)
Pi - iii 42 27)

Zii + Zi2+ 013

The total electrode impedance zm (non-faradaic and faradaic)
is

dg\ /dri\ (2(za - Zd)
dIfi/EVCIE/C Oii £ @2 ¥ o

ag\ /OTA fi 22

dTi/ ExOE/ CZil -f- 012 -(- 03

Analysis from experimental data should prove arduous,
and in practice it may be necessary to work under conditions
in which the contribution of species i to the double layer
capacity is quite negligible. At any rate, the order of mag-
nitude of the change in differential capacity caused by ad-
sorption of species i can be obtained from measurements at
potentials at which no electrode reaction occurs for all
practical purposes. This method has been applied by
Randles.6

Faradaic Impedance for Processes with Non-
specific Adsorption

Correction for the double layer structure in the
solving of the mass transfer problem for the fara-
daic impedance was already considered in a previous
paper from this Laboratory® in the absence of
specific adsorption. We shall now expand on
this case of non-specific adsorption. Equivalent
circuits will be obtained for processes with a large
excess of supporting electrolyte. It will be as-
sumed that the supporting electrolyte determines
the double layer structure.

In view of the definition of the function hi of
eq. 4, one has

5c * = * (hr, - jhX) ~ (29)
with

sc,* = Ci* - Ci°exp [—(ziF/RT)A<p] (30)

There 2; is the ionic valence of species i and Afp is
the difference of potential across the diffuse double
layer. The last term in eq. 30 represents the con-
centration of species i in the plane of closest ap-
proach in the absence of mass transfer polarization.
It was shown93that

sci* = )+ (S7/nT)[I/OADI)"A](?i!
exp [(—z-.F/RT)Atp] (31)
where
_ 1+ (iA)(jMp_i)‘/./i(i IZ?M) (32)
© 1+ (IA)GWDI)IA/L(T 0iliz])
with
1/k = (RTe/s TizF2Cey/z (33)
JZil2) exp {[(db \z-/zz -\Z\X,]I)\i\FV\SAv\/RT] 1
(34)

There z is the ionic valence of the supporting elec-
trolyte supposed to be of the z-z type; Ce is the
concentration of the supporting electrolyte; e
is the dielectric constant in the double layer region
(supposed to be constant); and the upper and
lower sign in front of \aJ\ correspond to ZiAtp >
0 (repulsion) and 2\NAlp < 0 (attraction), respec-
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Fig. 4.—Equivalent circuit of faradaic impedance for the re-
action O + no = R, only 0 being non-specifically adsorbed.

tively. Equation 32 for G\ applies only when the
conditions are fulfilled (see Note after the Ap-
pendix).
(I'K@/Z)A« 1
[(IA)OVI»i)Al2i(+ vfiz D« | (35)

As shown in the Appendix, two cases can be
considered, namely, repulsion or attraction of the
discharged species. In the absence of specific
adsorption, the part of the faradaic impedance cor-
responding to transport of species i by semi-
infinite linear diffusion and migration is for the
repulsion case

(zHt = nd—jxid+ nl (36)
where rfi and xfi are given by eq. 15 and
, =3JL A (M
r n2F26°|aDi (\ pk] @GN
For attraction one has
/_n (nd-
F1 nd—jxid—jx{ 8
where
I r7T 1 k (39)

X anx2Ci°li(+ |zlz])

It follows from eq. 36 that repulsion results in an
additional resistance in series with the AVarburg
resistance (Fig. 4). One indeed expects
to be larger for repulsion of species i than in the
absence of repulsion. Conversely, attraction is
accounted for by a capacity (—uxfi, see eq. 39)
in parallel with the AVarburg impedance. The
impedance (2p)t is lowered by non-specific adsorp-
tion of species i in comparison with (2y)t without
attraction. It must be emphasized that the
apparent exchange current density still must be
corrected for the double layer structure (Frumkin
correction) beyond the above correction for n*
or X*.

It is seen from the equivalent circuits of Fig. 4
that repulsion decreases the phase angle between
current and voltage and attraction increases this
angle. In particular, the phase angle can exceed
7rl4 for an inherently very fast charge transfer
process (rct —» 0). Thus, the phase angle can
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exceed A4 even in the absence of specific adsorp-
tion. (Phase angles larger than o/ 4 have been
associated exclusively with specific adsorption in
general.)

The effect of non-specific adsorption was in-
terpreted in a previous paper from this Laboratory95
in terms of a resistance which was positive for re-
pulsion and negative for attraction. The effect
of ni* (eq. 39) is identical with that of a negative
resistance. (See further discussion in section on
faradaic rectification.) Conversely, Barker4 ac-
counts for non-specific adsorption by a capacity
which is positive for attraction and negative for
repulsion. Such negative elements are avoided
in the equivalent circuits of Fig. 4.

Since n* and wXi: are frequency independent and
rfi and xfi are inversely proportional to wlj, the
influence of repulsion and attraction becomes more
pronounced as the frequency increases. The effect
may not be negligible for very fast processes (e.g.,
Hg2+~ dischargel7-19).

Faradaic Rectification

To account for faradaic rectification we include
second-order effects in writing eq. 1 and we pro-
ceed just as for processes without specific adsorp-
tion as in a previous paper from this Laboratory.D
We need the second-order terms for an amplitude
Fa of the first harmonic (indicated by the sub-
script “1”) of 5jE. The mean value of the first

harmonic is such that
(5iE)o2 = 7a72 (40)
Likewise (see eq. 25)
WW2%0 = Far2g [~rjfr + £] (4))
where
fi oM r,r + xix
r i
LtzeO,R pJ r2+ X2
. N\x —hr .
I_izeo,R f|||J| r2-) xe + fiPi  (42)

Note that Yi vanishes from eq. 41 when [ii] << 1
(See discussion of eq. 8.)

The mean rectification voltage Aafter charg-
ing of the double layer (( co) and for control of

the mean faradaic current equal to zero (/ = 0)
can now be calculated as before. D If [] << 1
for O and R and the charge transfer Kkinetics
follows a Butler-Erdey Gruz-Volmer type of equa-
tion, one has

AT. =g T72* 43)

with

(17) H. Gerischer and M. Krause, Z. physik. Chem., N.F., 14, 184
(1958).

(18) H. Matsuda, S. Oka and P. Delahay, J. Am. Chem. Soc., 81,
5077 (1959).

(19) There is hardly any complex formation of CIO*- with Hg2++
Cf. J. Bjerrum, G. Schwarzenbach and L. G. Sillén, “Stability Con-
stants. Part I1,” The Chemical Society, London, 1958, p. 111.

(20) (a) P. Delahay, M. Senda and C. H. Weis, Am. Chem. Soc.,
83, 312 (1961); (b) for a review, see P. Delahay, Ch. 5in vol. 1 “Ad-
vances in Electrochemistry and Electrochemical Engineering,” P.
Delahay, ed., Interscience Publishers, Inc., New York, N. Y., in course
of publication.
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y_2a— _ anp: X (1 - rmn+ xa
4 2 r2 x2 2 r2+ x2
(44)

a being the transfer coefficient. Equation 43 is
identical with the result previously derived.2
The analysis of the frequency dependence of \p
according to eq. 44 is quite involved, and this equa-
tion will be discussed for some particular cases on
the assumption that the impedance for R is purely
of the Warburg type (e.g., as for metal deposition
with amalgam formation).

Simple Warburg Impedance.—This is the sim-
plest possible case which was already analyzed.42
Results of a different but entirely equivalent
form from those previously discussedd are (\/ =

here)

= — 4~ + + 1 tanh |] Fd(Pd) (45)
where Ais defined by eq. 22, and
Pd = (rod+ rRd)/ra (.16)

1 IP f 1 X1-*/ 1
(2W'A nF \Co° Do1*/ VCrV
(exp[— aX] + exp[(I — a)X]J
(1 4- ctn 6)/(1 + ctn2e) 47)
pdipd + (1 + Pd)]
pd2 + (1 + Pd)2

co° and Cr0being the bulk concentrations of 0 and
R. Since only Fd(Pd) is frequency-dependent in
eqg. 45, My = (2a —1)/4 is independent of frequency
when tanh (X/2) = 2a — 1. Curves representing
AE,/Va2 against the equilibrium potential (see
eq. 22) thus have a common intersection point for
all frequencies (c/. Fig. 9 in ref. 20a).

Fd(Pd) =

Impedance for O Composed of the Warburg Impedance
in Series with a Frequency-independent Resistance.—
This impedance corresponds to electrostatic repulsion of the
discharged species. It also corresponds to charge transfer
preceded by a chemical reaction provided the frequency is
so low that u « |, | being the sum of the rate constants for
the forward and backward first-order (or pseudo-first order)
chemical reaction.2L One has

(48)

By combination of eq.

ro —jxo = rk + rod —jxpA

where rk is frequency-independent.
44 and 48 one obtains (f = fk hero)

: a rk
4k 21t + 1 FK(PK) +
a— ~ tanh (49)
where
Pk = (rod+ rud/(r@x+ rk (50)
p(p , 1+ Pk
k( kK Pk2+ (1 + Pk)2 (51)

and Pd(Pk) has the form of eq. 47, the argument being now
given by eq. 50. As a—»», eq. 45 and 49 yield, respec-
tively, \W->c0 = (2a—1)/4 and (\Iki**™ = [(2a—1)/4]
— (a/2)[rk/rCx + rt]. Equation 45, if it is unwittingly
applied instead of eq. 49, yields a measured transfer coef-
ficient am = a[rQt/(r@ + rt)], i.e., anka. Serious errors
may result when rk is not negligible in comparison with
rct. This conclusion was already pointed out.
Further, fa is independent of frequency, i.c.

(21) (a) H. Gerischer, Z. physik. Chem., 198, 280 (1951);
ref. 20a for a review.

(b) see
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N = T -~ mmmmmem i
—\4I|_2ar S |IJ (52)
when
PR —— = N
Za\r i 1 = tanh 2 \;53,)

The measured transfer coefficient amone obtains by unwit-
tingly overlooking the effect of rt is then am = a[rct/
(rct-i-rt)]. One hasam= awhen rct>> ru.

Impedance for O Composed of the Warburg Impedance in
Parallel with a Frequency Independent Capacity.— This
case corresponds to electrostatic attraction of the discharged
species or very fast (reversible) specific adsorption of sub-
stance O. This circuit is equivalent to the (Re — X,)
series circuit

Po’ = rpa (54)
|
( Xo ) \zoV
. rod
1+
AV = TO X >l\(/(l)&y (55)
+ —
R ARV
eq.. 53 reduces Lo
1
Po rod (56)
= rod [1 — 2(x0d/x0a)]
AV Xoa (57)

Since rodxod/xoais independent of frequency, it follows from
eq. 56 and 57 that Po8 — jX0Bis composed of the Warburg
elements rod and xpdand a frequency independent resistance.
The previous discussion thus can be transposed here. The
necessary condition for this simplification ((xod/x0*)2 «
V2 is fulfilled only when electrostatic attraction is not too
strong (non-specific adsorption) or specific adsorption is
relatively weak.

Conclusion

The influence of specific adsorption of reactants
and/or reaction products in the faradaic impedance
and rectification methods can be analyzed without
the use of a particular form of the rate equation for
adsorption. Equivalent circuits can be derived
and used in the analysis of the influence of fre-
quency in impedance and rectification measure-
ments for specific and non-specific adsorption.
Experimental criteria for the detection of adsorp-
tion effects can be deduced from the frequency
dependence analysis. Implications in the determi-
nation of Kkinetic parameters (exchange current
density, transfer coefficient) for electrode processes
are immediate, and some unexplained observations
in the literature can be accounted for. Adsorption
effects should be important in a number of elec-
trode processes, particularly with solid electrodes
for which specific adsorption can be quite pro-
nounced.6 The overlooking of adsorption in the
analysis of data and in the correlation of data ob-
tained by different relaxation methods may lead to
serious misinterpretation.

Acknonedgment— This investigation was sup-
ported by the Office of Naval Research.
Appendix

Functions H and G of Eq. 6.— One has
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J o[ = (h10 — j7ixo)J-Br — [l + ggr* (hIR — So
S = e e 58
Hto - jHxo0 P AoBr — ArBo 8
rr &0 R OORa
3 B Br'w - Bo ar 5o
G.0 —jGxo = AoBr —ArBo (59)
[r - (Ao - #«o)]AKk - f1l+ (** - J*«b)]Ao
S - 60
SR IMxR= H ¥oBr — x4 rBo (60)
000° , OORa Values of g, — jgKfor Metal Deposition with Amalgam
Ar o/i “ Ao 0S Formation.— One deduces from eq. 23
GIR —jGxR = (61)
HoBr — .1rBo 1+ s |
L. gr- iffx = 1- fo ilo
_ &0 - R . e 1+ s)2+ s @+ s)s+ s
Ao = dro + jeo [ gj* (hro - jhxo)] (62) (84)
Ar = O0oRa/dro Bo = 06o0a/0rR (63) where fo is defined by eq. 8 and s by eq. 83.
AO0Ra 0011a Faradaic Impedance for Non-specific Adsorption.—
Br = gyg— i“ [1+ g @R - iAxR)I (64) Since
Functions g, r and x of Eq. 7.—One has 5Ci* = + (hrt - jhxj) » (85)
= ra+ + ni 65
r " ro n (65) it follows from eq. 29 to 34 that
Z = a0+ xr (66) o o
rct = 1/bl/dE 67) hri =jhxi = [l/(coD)'A][Gil(i)'/.]exp _
. [-(ZiF/Br)Ad (86)
ro = -((d//5ro0)/(d//dB)]ifr0 (68)
rE = [[dIZdTR)(bI/bE)HR (69) 12V A I2VA 1+ JIBK (ili) ISil z 1)
xo = — I(d1/dr0]/(d1/dE)]Hxo (70) _ 87
zr = [(d//5rR)/(d//dE:)]fixR (71) ™ 1+ 3\~ VO LGEFF
fir= 1+ [(d//dr0)/(E>/IdE)Gro - . o
[(d//drR)/(d//dB)]G IR (72) @- 0 i+d+i)j (¢ty A>(x wd*o (@8)
= -
<& = 1(d1/dro)/(d1/dE)]Gx0 - . . A -
+ + >
[(d1/drR)/(dI/dE)]GXR  (73) 1+ (0 + ) I (& )vVkn >/ )

Values of g, r and x of Eq. 7 for Two Independent Ad-
sorption Processes.—If c0odc>rR = 0 and dORddro = 0,
one has

o3z — , 202201 + I20§) o 2|'?2(2R:L+ 2R3
201+ 22+ 203 2ri+ 2r2+ R3
(74)
ey (—10)202 i (—1r)2rR2
FoASX=LY i e B R R+ X
(75)
where Jj, rct, 2u, Zi2 and Zi3 are defined by eq. 8 and 11 to
14. Further
nd= + (I/nFXbE/driUdTjbCAMN (76)
xS = £ (i/nf)(bE/Ex»ri)c(ari/dCi*Uxi (77)
ra= * (I/nFlidE/driMdri/dCi*),,/
[=F(d0,adCi*)] (78)
z;a= = (I/nF)(I/w)(dA7dri)c(dri/dCi*)a
(aCi*/dri)» (79)

There the upper and lower signs correspond, respectively.
to O and R; and the indices c and a correspond to the deriv-
atives at equilibrium for the charge transfer and adsorption
process, respectively.

Minimum of ctn 0.—One has

exp(-A) + QOr

Ctndniu — . 0(—A) + QoX (80)
where A is defined by eq. 22 and Qor and QO* are given by
_ 1
Q= i, o 4 (81)

1+ 2s
Qox = (i + sy + s2 (82)

with

s = (a)/2Do)lA(0ro/0Co0) (83)

Two approximate forms of eq. 88 can be written for repulsion
and attraction, respectively. For repulsion

\/s

G=1 w+;(ax )'A+ iilk]) (89)
For attraction

R2V.I*C. = 1-3 - (90)

(" + 3) 1 (27:) AL(+ 2R

L - (2DI\ mA 1 I
(- 3N- S R TEY B TEI) N (01

. 1 .3
-J«m {ZPI;WZ“(_‘_ U2 1A 7

Since the part of the faradaic impedance (zf)t which cor-
responds to mass transfer is

C»)* = £ (¢r3)) (An - jh=*0 (92)
one obtains for repulsion and attraction of species the
following expressions, respectively: For repulsion:

bE \ 1 1

12™ \dCiV nF (2uD)'/t \j)
[exp (- gj AMIIL+ 5 (1) AI(+ 1)) - f\
3Xi -i1 (93)
where
_ . H , / OE \ 1 1 y zF . A
+ \OCi*) nF (2wDi)Viexp L 11T "J
(94)
( BEN1 1 /(+ i«i/*i) r \
\bcy)lnF KD, 1L %"?’ "A\\JJ

For attraction:
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(é%'lia L nJF (ZZWE)\)'A

a-3J)~i
_ (nd- jxin{-jxj)
nd —jxA —jxil G
with
,_ .1l aEN\N 1 * 1 f zF \
x" UCi*) nFaf(-\-\=/z)exp \ RT Ap)
(98)
One further has approximately
, bE RT J_
t 5% exp nF Ci» (99)

if one neglects the term in dAip/dE. Equations 95 and 98
then yield eq. 37 and 39.

Note on the Double Layer Correction for Non-specific
Adsorption in Relaxation Methods.—The diffuse double
layer is, in general, very much thinner than the diffusion
layer, and boundary value problems for mass transfer cor-
rection in relaxation methods can be solved without con-
sideration of the double layer structure. The Frumkin
correction2 of kinetic parameters for the double layer struc-
ture is thus applicable in conjunction with the usual equa-
tions for mass transfer polarization.3 This approach,
however, becomes relatively crude for very fast processes.
The solution of the boundary value problem for mass trans-
fer with consideration of the double layer structure leads,
for relaxation methods and repulsion of the discharged
species, to a correction which is essentially the same as the
correction for ionic transport in the diffuse double layer in
the absence of mass transfer polarization outside the dif-
fuse double layer.3 The resulting equation is identical with
the one derived by Levich2® for the double layer cor-
rection with ionic transport across the diffuse double layer
for repulsion of the discharged species. A discrepancy was
noted for attraction in a previous paperSfrom this Laboratory
but was not examined. This matter is taken up here.

General Treatment.— Consider an electrode process with
mass transfer polarization, and assume that the diffusion
layer is much thicker than the diffuse double layer thickness
(5K). Steady-state for mass transfer can then be assumed
in the diffuse double layer, and the concentration Ci of a
species involved in the electrode reaction is a solution of
(cf. Levich)

A , ZLr =n
dxKdx~RT 1dx) (100)
where x is the distance from a point in solution to the plane
of closest approach, is the potential in the diffuse double
layer with respect to the bulk of the solution, 2\ is the ionic
valence of species i with its sign, and R, T and F have their
usual significance. Equation 100 will be solved on the as-
sumption that the double layer structure is solely deter-
mined by the supporting electrolyte (present in large excess).
One has the conditions

fdCi aF

. cLA I
forx =0 Diyy RT 'dx) nF

¢ = dip/dx = 0 and Ci = (Ci)sx
There D\ is the diffusion coefficient of species i, n the number
of electrons in the electrode reaction, 1 the current density,

and the = sign holds, respectively, for the species being
consumed or produced in the electrode reaction. The con-

for x = &

(22) For reviews see, e.g.: (@) A. N. Frumkin, Z. Elektrochem., 59,
807 (1955); (b) M. Breiter, M. Kleinerman and P. Delahay, J. Am.
Chem. Soc., 80, 5111 (1958).

(23) See, e.g.,, G. M. Florianovich and A. N. Frumkin, Zhur. fiz.
Khim., 29, 1827 (1955).

(24) (@ V. G. Levich, DoM. Akad. Nauk S.S.S.R.. 67, 309 (1949);
(b) 124, 869 (1959).

(25) For transposition of the Levich treatment to polyvalent dis-
charged ions see: (a) L. Gierst, “Transactions of the Symposium on
Electrode Processes, Philadelphia,” E. Yeager editor, John Wiley and
Sons, New York, N. Y., 1959, in course of publication; (b) H. Matsuda
and P. Delahay, ibid., in course of publication; (c) L. Gierst and H.
Hurwitz, Z. Elektrochem., 64, 36 (1960).

Electrode Processes with Specific or Non-specific Adsorption

_ ~(2pC .
a-nit-> iW/A/(+(]z'i/qu i
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(2DCVv'A 1 1¢-sk> (96

1o 1z
centration (C{]8Kat x =

state is reached over the whole diffusion thickness-
solution foree =0 is

8Kis a function of t unless steady-
The

+1
nFDJ g=0

F
S\ CT—

where ipis the value of pforx =0.

The concentration (Ci)5Kat x = Kcan be derived from
usual mass transfer treatments since we assumed that the
Thus

(cox=c = [(Ci)j.,

thickness of the diffusion layer is larger than 5*

where 5 is the thickness of the diffusion layer for species i
There follows from eq. 101 and 102

ICO... - [cf- (£ A) 1 (_ A
exp [- g «,] (103)
fOK
Ai = Klo expl{rT du (104)
- = RTe/8w( E F Xe]/= (105)

e being the dielectric constant, z the ionic valence of the sup-
porting electrolyte and Ce the concentration of the support-
ing electrolyte. The quantity 1/k is the Debye thickness
of the diffuse layer theory, i.e., 1/kis of the order of 5%

Two limiting cases can be considered, namely, for A-Jk<
<5i and AiA>>5i or the equivalent conditions AuCCh/S,
and Ai>>5i/5».  Since 5i/ 5*>>1 the first condition holds
for A; ~ 1 and the Frumkin correction suffices. Conversely,
when A, is so large that A{>>51/5« with S/sk 1, the
expression for O reduces to the value of C, in the absence
of mass transfer polarization outside the diffuse double
layer (cf. Levich24).

When species i is attracted in the diffuse double layer,
i.e., when 2\<p<0, the argument of the exponential in eq.
104 is negative and A; 2 1.8 There follows from what was
indicated above that the Frumkin correction should hold.
Further correction of the Levich type may be necessary when
there is repulsion of the d;scharged species as indicated
below.

Comparison with the Treatment of Matsuda and Delahay.
—In a previous work from this Laboratory a general equa-
tion (see eq. 11 in ref. 9a) was derived for (Ci)*_o in the form
of inverse Laplace transform by consideration of mass trans-
fer in the boundary value problem for relaxation methods.
Comparison of this result with eq. 103 reveals that these
results are equivalent if one sets for A\ of eq. 104 the value
(see eq. 25 of ref. 9a)

_expl(x |- EI2FWWVRT] - 1
a' + \avz |-
, expl(T A\- \2\VV2)R\<po\/RT) - 1
+ =F]*il*]|-V. o

where the upper and lower signs correspond to Zg0>0
and Ziq0<0, respectively. It was emphasized in the pre-
vious work@ that this result is only a first approximation
because it corresponds to retaining the first two terms in a
series expansion. Correlation between a, and A\ is imme-
diate after the integration of eq. 104 is performed. Thus by
setting

k1)

£ = exp (107)

in eq. 104 and noting that

c / WF
(26) Thus Ai —k exp fRp

dx or Ti 1since 1/k 5
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dp ( « 2RT f I FIF \ n 1 7T 113)
dz  \ 2) EIFL P\2rRT ~ Lx  (Ai)Aj

1 (108) should be fulfilled for application of eq. 106 to the case of

exp (~ &S repulsion, t being the time elapsed since the beginning of

electrolysis for non-steady state electrolysis. Since 1/k «

one obtains 5 and (rrDityD corresponds to 8i, eq. 9 agrees with the
J=f, 2££2|*IM starting condition, K<< &, of the ab_ove treatment. )

Ai — 1.0 "4 " (109) It was shown above that the Frumkin correction suffices

Jts* -1 in all cases for attraction of the discharged species. How-

. ever, this conclusion is not reached when the approximate

where ijo = exr>[(\zZ\F/2RT)/W}. If vo is sufficiently  value of a, of eq. 107 is used, and conditions for application

large, exp [(—1z\F/2RT)/\v\] can be dropped in eq. 108
and one has

fb 2£42Pilz|

HO
At Js. c dt (HO)
The condition for application of eq. 110 is also £3>>1;
cf. eq. 109. Since £« = I(v = 0 for x = d{ integration of
eq. 110yields
exp[(=blz,] - \2\VV2JF\W\/RT] - 1

" + Jz/iz |- 'A ( 1

Equation 111 is approximate and holds provided that
exp(— HF MIZ/2R T)«exp( AF Mi2RT) for values of
< corresponding to the region near the plane of closest
approach where electrostatic action is most pronounced,
i. e, for ¥\ not too small in comparison with o] m The same
approximation was made in the derivation of eq. 106.
It is seen from eq. 106 and 111 that for @] > H/2
and repulsion of the discharged species («jv>0), ai reduces
for all practical purposes to A-. There is thus identity
between the correction of Matsuda and Delahay and the
above treatment, i.e., the Levich correction. The Levich
correction thus can he applied to relaxation methods for re-
pulsion of the discharged species when the Frumkin correction
does not suffice as already pointed out by Matsuda and Delahay.
It can be shown that, besides the condition

k' {Dity/i<< 1 (112)

the additional condition

of this equation must be fulfilled for attraction of the dis-
charged species. The condition for application of eq. 106
to the case of attraction can be written, in addition to eq.
112 as

[v (w .1 1@ (114)

This condition is not fulfilled except for extremely small
values of 8«si. The limitation to the application of eq.
106 (cf. ecp 25 in ref. 9a) is much stricter for attraction than
for repulsion of the discharged species, and the approxi-
mation made by Matsuda and Delahay9 is practically
equivalent to the Levich correction.

It is to be noted with respect to the boundary condition
at k = XK that the boundary condition used by Matsuda
and Delahay reduces to the boundary equation used in this
paper when eq. 112 is fulfilled in the case of repulsion, while
in the case of attraction the additional condition should

| (DWZ Pyl <1 (115)

be fulfilled. Equation 115 implies that the Frumkin cor-
rection must be valid irrespective of other conditions.

Conclusion.—The Levich type of correction of kinetic
parameters for electrode processes can be used as a first
approximation in relaxation methods when there is repul-
sion of the discharged species and the duration of electroly-
sis is so short, or the frequency so high, that departure from
the Frumkin correction can be expected. The Frumkin
correction seems applicable in general for attraction of the
discharged species.

- I <<l

EFFECTS OF QUANTIZATION AND OF ANHARMONICITY ON THE RATES
OF DISSOCIATION AND ASSOCIATION OF COMPLEX MOLECULES1

By 0. K. Rice

Department of Chemistry, University of North Carolina, Chapel Hill, North Carolina
Received April 17, 1961

In aunimolecular decomposition the energy levels of the decomposing molecule are broadened. It is shown that under the
assumptions of the Rice-Ramsperger-Kassel theory, as elaborated by Marcus and Rice, these levels are, as a minimum,
broadened so that they just overlap. The inverse reaction, association, cannot therefore be affected, independently of
other assumptions, by the necessity of matching energy levels. The broadening in a unimolecular decomposition appears
to be fourfold greater, for a given reaction rate, than that found in predissociation or the tunnel effect. The reasons for this,
and certain possible effects at low pressures, are discussed. Quantization has a quantitative effect on the rate of activation
of a complex molecule. This depends upon whether the frequencies are low enough to be handled classically for both the
average molecule and the activated molecule; of intermediate magnitude, requiring quantum considerations for the average
molecule but not for the activated molecule; or high, requiring quantum considerations in both cases. Anharmonicity
of the vibrations is responsible for transfer of energy from one quasi-normal mode of vibration to another. This phenomenon
is probably more important than is usually supposed, because a molecule visits regions in its configuration space where
anharmonicity is great on the average many times before its reacts. This tends to invalidate the Slater picture of unimolecu-
lar reactions, in which it is supposed that anharmonicity is of minor importance. Anharmonicity has a tendency to increase
the number of activated molecules (and hence the rate of activation) by increasing the number of energy levels. The
“loosening” of vibrations into rotations or their equivalent is another effect involving quantization and anharmonicity.
Some rather peculiar properties of a “ loose” activated complex can be demonstrated on general principles, and some specula-

tions concerning the nature of the complexes are offered. The importance of zero-point energy in a “rigid” complex is
noted.

The theory of unimolecular reactions has been
developed principally upon the basis of a number of
(1) Work supported by the National Science Foundation. Pre-
sented at the Symposium on Experimental and Theoretical Advances

in Elementary Gas Reactions, 139th meeting of the American Chemical
Society, St. Louis, March, 1961.

models, and any approach more fundamental than
this will admittedly be rather difficult to come by.
It seems, however, that it might be possible to
examine some of these models critically, in the light
of what we do know about fundamental principles.
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In this way we may, perhaps, hope to see to what
extent they are self-consistent, to effect some choice
between models, and to consider how results may
be affected by certain aspects of the true physical
situation which are generally neglected.

In this paper we wish to examine the effects of
quantization and of anharmonicity. In each case
two aspects of the problem appear. We may ask
how these factors, when viewed critically, affect
our fundamental concepts of the mechanisms
involved, or an least we may inquire how they
fit in with the ideas that we already have. We may
also look at what may be called secondary effects,
which do, however, need to be considered in any
actual attempt to calculate reaction rates.

In formulating these problems we shall often
find it helpful to consider the unimolecular decom-
position and the inverse reaction, the bimolecular
association, simultaneously. These are, of course,
closely related, and if we knew all about the one we
would presumably know all about the other, also.
It is often, however, easier to think about one
rather than the other.

1. Role of the Uncertainty Principle in Uni-
molecular Decompositions.—In a bimolecular as-
sociation we have two molecular systems, which
have a relative kinetic energy, uniting to form a
single system in which the continuum associated
with the relative translation is replaced by quan-
tized levels. The quantized levels, on the other
hand, are broadened, because the associated mole-
cule can again dissociate; the broadening depends
upon the lifetime of the associated molecule in the
level involved. The question arises as to whether
the broadening is sufficient to assure the pos-
sibility of association of all pairs which could as-
sociate classically. This problem was considered
a long time ago by Kassel,2 and he concluded
that, from a practical point of view, they were
sufficiently broadened, a conclusion we do not wish
to dispute though it apparently has not always
been accepted.8 In any case, something is to be
learned by the attempt to tie this question to the
model used in a somewhat more basic way.

Marcus and Rice,4 in their formulation of uni-
molecular reaction rates, considered the rate at
which activated molecules having total energy in
a range E (called by themE') toE + dE would
react. It was assumed that this was to be found
by considering that what was essentially an equi-
librium distribution was established between the
N ecLE energy levels of the activated molecules in
this range, and the energy levels of the activated
complex. The activated complex was defined in
the usual way; it was a molecule in which a reaction
coordinate was passing over a potential-energy
maximum, of energy E m, in one of several continua,
Pe- e, INn Nnumber.6 The usual assumption that

(2) L. S. Kassel, 3. Am. Chem. Soc., 63, 2143 (1931).

(3) See for example, J. C. Giddings and H. Eyring, J. Chem. Phys.,
22, 538 (1954).

(4) R. A. Marcus and O. K. Rice, J. Phys. Colloid Chem., 55, 894
(1951).

(5) Pe- Emis the number of ways the excess energy E — Em (or less)
can be distributed among the various internal degrees of freedom, the
difference between e — Em and the energy so distributed going to the
reaction coordinate. It is essentially what Marcus and Rice called
~2Pe,, separate treatment being given by them for an activated
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the separating pairs in the several continua are
streaming outward in equilibrium numbers simply
means that in the reverse reaction all the pairs
streaming inward will stick together.

If ks (called k& by Marcus and Rice) is the rate
constant for dissociation from the energy rangeE to
E + dE then the total rate of dissociation from this
range will, according to these assumptions, be
given by

ksNe<lE = (PE-Ea/h)dE

where h is Planck’s constant h ~ | having been shown
to be the rate of dissociation per unit energy range
from any continuum.

Let us now choose deE equal to the average

(1.1)

energy 5 between discrete states. Then we will
haveN ¢&E = land
KE = (Ps-Em/h)5E (1.2)

Let us set te = 1//ce the average lifetime of mole-
cules in the energy level, and suppose that we are
in a range of energies where there is only one con-
tinuum, PE—Fa = 1; this will give the longest
possible lifetime. Then we see from eq. 1.2 that

teSE = h (1.3)

The assumption of equilibrium rate of dissociation
means, then, that, at least under the conditions
under which eq. 1.3 holds, each discrete level
furnishes decompositions over a range SE. In
the reverse reaction, associating fragments having
relative energies over a range 8E stream over
the potential-energy hump and immediately suffer
a transition to the discrete state. Thus the discrete
level is broadened to this extent. The interesting
point is that the mechanism described by Marcus
and Rice is equivalent to the assumption that the
discrete states are broadened at a minimum by an
amount just equal to the energy between them.
If > 1, then, of course, the lifetime is
shortened, presumably the states are broadened
still more, and overlap appreciably; but they do
at least overlap slightly. If they were not broad-
ened as much as indicated by eq. 1.3, then te
would have to be greater and fee smaller. This
would correspond to a lack of efficiency in the trans-
fer to the discrete state of systems which had
passed over the potential-energy hump; some of
them would go back over the hump again. There
would be a corresponding inefficiency in the
transfer of systems which were in a position to go
from the discrete state to the continuum. In
view of the violence of the vibrations, the degree of
anharmonicity necessarily involved, the “pertur-
bation” for this transition should be large, and its
efficiency would be expected to be of the order
of magnitude of 1. In any case Pe e, will be
greater than 1 except when E is quite close to E m,
complex in which some of the vibrations have changed to rotations;
but PE-Em may simply be defined to include any such rotational
states. Over-all rotations of the molecule which give rise, in the
rate expression, to a ratio of the corresponding partition function in
the complex to that in the decomposing molecule (see Section C of ref.
4) need not be considered here, since this factor comes from averaging
over all rotational states, taking into account the effect of the rota-
tional potential on the activation energy [O. K. Rice and H. Gershino-
witz, J. Chem. Phys., 2, 853 (1934)]. Here we are interested in the
rate of decomposition from a definite rotational state, which, of
course, remains fixed in the process of dissociation, since over-all
angular momentum is conserved.
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Fig. 1.

and especially in the case of a loose activated
complex. So the quantization, in itself, will not
present a barrier to recombination, contrary to
what apparently has been believed.3

Equation 1.3 is essentially an uncertainty rela-
tion. The value of the uncertainty is, however,
somewhat unexpected. There are some processes
which resemble unimolecular decompositions to
some degree, namely predissociation, and leakage
through a potential-energy barrier from a discrete
state into a continuum, as in radioactive decom-
position (the tunnel effect), and in these cases the
relation between lifetime and broadening has been
given as

t8E = h/2ir (1.4)

Although the uncertainty principle is guaranteed
to give only the order of magnitude of the product
of the uncertainties in the time and the energy,
the difference between eq. 1.3 and 1.4 appears at
first sight rather puzzling and will bear some further
analysis, Which will be given in the next section.

2. Predissociation and Leakage through
Barrier—These processes were discussed by a
number of investigators around 1930. 1 find it
convenient to use my own formulation; references
to earlier work may be found in the papers | shall
cite. | have already considered the relation of
these processes to unimolecular decomposition6;
a resurvey of the situation indicates, however,
that there are some points yet to be made. |
showed? that predissociation and leakage from
a discrete state through a barrier parallel each other
in great detail. It would seem that we could
consider either case, as might be most convenient,
and we will confine ourselves here to leakage
through a barrier.

We shall consider a one-dimensional case, co-
ordinate x giving the distance between a pair of
particles having a mutual potential-energy, U,
as shown in Fig. 1, which will serve to fiX the no-
tation. (A three-dimensional case can be reduced
to one dimension by a proper transformation of
variables and use of a rotational potential, so there
is no loss of generality from this cause.) This
situation was discussed8 with the aid of the WBK
approximation. In this discussion integrals of
the form

(6) O. K. Rice, Phys. Rev.. 34, 1451 (1929).
(7) 0. K. Rice, ibid., 35, 1551 (1930).
(8) 0. K. Rice, ibid., 35, 1538 (1930).
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(Where K2 = 87rV//i2 with /x the reduced mass of
the separating particles, and where E is the total,
constant energy) between certain limits here indi-

cated in general form as x' and x", constantly
recur. We shall write
I(x' x"E) = k (E - U)Mx - w4 (2.1)

We shall also have occasion to make use of the
quantities

and

b = tan [I(xi,x2E) — 7(23a"VEi)] (2.3)

where E\ is the energy of the unperturbed discrete
state (the center of the broadened discrete level).
If broadening is not too great we may write

b £( 1(x3x2E) - 1(x3x,;Ei)
S (E - EO bI(x3x2E)/i>E
= b'(E - Ei) (2.4)

defining b1. Kramers9showed that the energy Ei
of a discrete state in a valley such as shown in
Fig. lisgiven by the condition

K vy/v dx — tit (2.5)
where n is a quantum number, equal to vt, 32
Vt, If, however, n is considered to be a
continuous function of E, we may write

b* = irdn/dE

(2.6)

It is possible, by double application of the WBK
approximation89 to find how a certain solution of
the wave equation in the valley goes over to the

acorresponding solution in the plain. If the wave
function in the asymptotic part of the plain is
normalized to give an average probability density
of y2 (E — 179~12 (where i is the asymptotic
value of uU), the correlation is
01 + b3Bi)~/-(E — XJI)~'/i jcos[Z(s,a;2;A)] +
6[sin 1(x,xZE)] }
plain
-~ > -
valley

(1 + bDF ACE - [/)-'I«

(sin [I(xhx;E)] + 602cos[/(rn;™)] 1 (2.7)

1(x,x2,E) and I(xi,x;E) are, of course, functions of
the variable x, while Xi, x2 and E play the roles of
parameters. As indicated by the direction of the
arrow the solution for the valley is the first of
these expressions.

It was possible to set up a wave packet, such
that the part in the valley represented a solution
for the stationary state E 1, but with a decrement
with time, while that in the plain represented an
outgoing wave which broke off, becoming suddenly
zero, at a point x equal to the distance a particle
could move in time t, i.e., at a cut-off point, where
{/2E&™)x — 2wt/h = 0, where E& = E\ — (7a
This wave packet, normalized to have a probability
density equal to 1 at the cut-off point in the
asymptotic part of the plain, has the form

) H. A. Kramers, Z. Physik, 39, 828 (1926);

“Fundamental Principles of Quantum Mechanics,”
Book Co., New York, N. Y., 1937, Sec. 21.

McGraw-Hill

E. C. Kemble,
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Ea'/KEi — U) '/<0cos [I(x,x2Ei)] exp (—2wiEit/h)
exp( — Ziri/hb'02)
plain (asymp.)
< > {Edn[/(a:i,s;™M)] -
valley
X exp (— 2iriEit/h) exp |[(n/2E*'h)x — 2Kt/h]/b'62}
(2.8)

It is seen that this is a wave with an exponential
decrement equal to 2-wt/hb'Q--, the rate constant
for the decrease of 'probability density in the valley
is 4whb'd2 and the loss of material in the valley
may be shown, with the use of eq. 2.5, to be equal
to the material flowing outward in the plain at
x = 0; furthermore, there is complete conservation
of probability density in time out to the cut-off
point where (K2E &l/iyx — 2-irt/h = O.

In order to set up the wave packet which we
have described, it was necessary to multiply the
normalized stationary wave function for energy
E, including the time factor exp(—2niEt/h), by
a weighting factor proportional to (1 + 6204~ =
[L + b'2{E — .Ei)D4]-1/l, and sum over all energy
levels (the continuum was changed into a closely
spaced set of discrete levels by assigning an upper
limit, goo, to the values which x can take, but the
sum was converted into an integral with respect to
E by dividing by e the energy between adjacent
levels). It will be noted from (2.7) that the
probability density of the wave function in the
valley which is correctly connected with the
normalized wave function in the plain is approxi-
mately proportional to the square of this quantity
[from (2.7) the ratio of the densities in valley and
plain is proportional to (1 + 62/(1 + b4 which
is approximately (1 + 624-1 since b is small and

i cos\I{xhx;Ei)]\

d is large]. So the width, w, of the broadened
discrete state was taken as the width at half
the maximum of [1 + b'2(E — Ei)24]~1, found
by setting

w = 2/bW (2.9)

From the preceding paragraph we have for the
lifetime of the discrete state
hb'e*/4:T

r= (2.10)

hence
WT = h/2ir (2.11)

which is seen to be like eq. 1.4 and which is to be
contrasted with eq. 1.3. It might be more logical
to define the width of the discrete state by the
integral

w=J* [+ b\E- EiW ]-~ - Ei)

= r/b'82 (2.12)

which is equal to the width which would be re-
quired to give the same total weight to the discrete
part of the eigenfunctions (i.e., the same inte-
grated “intensity” of the discrete energy level)
if the intensity were a step-function constant over
the width w and zero outside this. This would
give
)7 = h/4

but the discrepancy with eq. 1.3 still exists.

We can gain a better understanding of the sig-
nificance of this discrepancy by a further consider-

(2.13)
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ation of the stationary wave functions as repre-
sented in the relation (2.7). It will be noted
that when 6 = 0, i.e., E = E h there is left a cosine
term in the valley and a sine term in the plain,
and cos[l(x,x->;E)} is, indeed, the approximate
wave function for a discrete state as furnished by
the WBK approximation. If the mountain is
high and wide, Qs large, and the discrete part of
the wave function (2.7) has a large amplitude, as
compared to the part in the plain, if E = Ex
There being thus a direct connection between
sin[I(xi,x;EX ] and cos[/(.t,£217?i)], the latter having
much the greater amplitude, it seems natural to
interpret this wave function in the following way.
There is a stream of particles coming from the
plain toward the mountain, all these particles
tunnel through the mountain, they are trapped
for a time in the valley, they eventually pass
through the mountain again, forming a stream in
the other direction. This is too detailed a de-
scription to be drawn with certainty from the wave
function, but it obviously represents a maximum
rate for passage of particles into the valley. The
WBK connection for cos[I(xhx;E)] is with sin
\I(x,x2E)], and the coefficients of these terms
increase as E departs from E x and b increases, but
the cosine term in the plain obviously increases
much faster than the sine term in the valley if
6 is large. Indeed, the sine term in the valley
never becomes appreciable if the discrete level
is not much broadened, as may be seen from eq. 2.4
and 2.6. There will therefore be no effective pene-
tration of the barrier from the cosine term in the
plain. Indeed this is to be expected since the
cosine term is of the correct form for an eigen-
function in the plain if the valley did not exist.
As one approaches the energy E x there is a gradual
change of phaselduntil just at E x the eigenfunction
in the plain is just 90° out of phase with what it
would be if it did not interact with the valley at all,
or if there were no valley.

The rate of association or dissociation will be
equal to half (since half of the particles are moving
in each direction at equilibrium) the average square
of the coefficient of the sin\I(xxx;E) ] in eq. 2.7,
times the average value of the square of the sine
(equal to 1/i). times the asymptotic velocity of the
particles, or [2(E — t/@/~.]la This is equal to

IA@AN)-/=(1 + W )*1 (2.13)

The total square of the amplitude of the wave
function inside the valley, with the same normali-
zation, isequal to

1+ bZ)i)~.‘E52JIZ3 (E — t/)_1A cos2[I(x,x2E)]dx
(2.14)

This neglects the sine term in the valley, which,
as noted, is legitimate if the discrete state is not
broadened too much. The average value of
cos2[1(x,Xz;E)] may be safely taken as 1/i, so eq.
2.14 becomes

(109 It is of interest that just the same change of phase
case of predissociation, since the perturbed energy levels lie between
the levels of the continuum (meade discrete by assuming a largest
possible value of «) in just the right positions to cause the phase
changes to occur :n the same way.

occurs inthe
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uy'hdx =
on)fc' (1 +W ) » (2.15)
Dividing (2.13) by (2.15) we see that the fraction
of material in the valley flowing in or out per unit
time isgiven by

= K2(2/x)IA5'e2 = 7T/hb'6* (2.16)
essentially independently of the energy of the state
considered, so long as it is not far beyond the

broadened discrete line. So for the equilibrium
“lifetime” we have

ri + bwy'oZJ\)a\e -

Teg = hb'e/ir (2.17)
and, combining eq. 2.12 and 2.17
WTeg = h (2.18)

which now has the same formaseq. 1.3.

These considerations are confined to the case
where 6 is large and the penetration of the barrier
issmall. The result, therefore, depends sensitively
upon the details of the connection between the
valley and the plain through the barrier. The
rate given by (2.16) is certainly, as we have noted,
the maximum possible for the equilibrium case;
but a greater rate is obtained by setting up the
wave packet of (2.8). It appears that the dif-
ference between the rates based on equilibrium
considerations and on the wave packet arises
largely from the fact that in the former we treat the
wave function of each energy level separately
assuming no correlation of phases, while in the case
of the wave packet the phase relations are pre-
de ermined and coherence effects appear. In
earlier work68 we have considered in some detail
the way in which a wave packet can be set up. If
it is to be done by absorption of radiation it must
be done by a short burst so as to contain a suf-
ficient range of energies to excite the broadened
discrete level coherently.

We have seen that the relation (2.18), obtained
for the equilibrium case in barrier leakage or pre-
dissociation, also holds for the equilibrium theory
of chemical reaction. However, since we are
accustomed to considering reaction rates very far
removed from equilibrium (or under such cir-
cumstances as to be unaffected by the attainment
of equilibrium), the question very naturally arises
as to whether we are underestimating the reaction
rate by a factor of the order of four by using an
equilibrium theory. If we suppose that the col-
lisions (which are processes of short duration com-
pared to the lifetime of an activated molecule and
hence not well-defined in energy) set up an average
situation which is well described by wave functions
representing broadened discrete states, which are
connected with continua, in much the same way6
that a short burst of radiation can set up a broad-
ened discrete state in predissociation or tunnel
effect, as represented by (2.8) at zero time, then
we might suppose by analogy that this would be
the case. In order to assess this possibility we need
to consider differences as well as similarities in the
two processes. In the case of barrier leakage or
predissociation, the system generally has plenty
of time after its excitation to complete many cycles
in its discrete state before it dissociates through a
guantum-mechanical process. This would seem
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to be the most important difference. In an acti-
vated molecule, on the other hand, the dissociation
takes place, with essentially 100% efficiency, as
soon as a certain phase in the motion is reached,
i.e., as soon as the energy accumulates in a particu-
lar bond. In the case of the unimolecular decom-
position the exciting collision is localized, and the
averaging over the various phases of the motions
is effected at least in part, and especially when the
pressure is high, by the randomness of the col-
lisions as regards position and orientation, rather
than by retracing of the phase path. In some
respects it might be better to represent the motion
of the activated molecule more or less as a localized
and moving wave packet. This is not the case in
the predissociation or barrier leakage, where the
discrete state may be said to be excited “as a
whole.” The relative slowness of dissociation in
the barrier leakage is due to the improbability of
the quantum penetration process; in the uni-
molecular reaction it is due to the difficulty of
localizing energy in a bond. In the latter case,
one might expect the semi-classical picture of flow
of energy to give the correct result, taking account
only of the density of energy levels, without con-
sidering more subtle quantum effects. This is
an argument in favor of the Marcus-Rice result,
but it may be less cogent at low pressures where the
time between collisions becomes of the order of
magnitude of, or greater than, the lifetime of the
active molecule. In such a case the bond will on
the average almost break at least several times
before it receives the requisite energy actually to
break, as noted in Section 4. Thus the phases of
the vibrational motion of the molecule could be
approximately retraced a number of times before
the dissociation occurs, and the situation would
more closely resemble that in the barrier leakage,
and could perhaps be roughly represented by a
wave packet analogous to (2.8). If this results
in an increase in the rate of decomposition it would
cause the apparent unimolecular rate constant to
fall off at a higher pressure than would otherwise
be expected. The effect would probably not be
great enough to be distinguished experimentally
from other factors.

3. Effect of Quantization on the Rate of Acti-
vation—As a practical matter, quantization can
affect the rate of activation, and thereby the
pressure at which the falling-off in the unimolecular
rate constant occurs, simply by changing the dis-
tribution of energy in the molecule. Although this
was the first quantum effect to be considered in the
development of the theory of unimolecular re-
actions, it seems worth while to point out that
several distinct cases occur, associated with vi-
brational frequencies of different magnitude in
comparison with the characteristic energies in-
volved. Low frequencies can, of course, be handled
by means of the classical approximation. In-
termediate frequencies may be defined as those
which are high enough so as not to be appreciably
excited at the temperature of the experiment, but
low enough so that they would be excited at a
temperature such that the average energy would
coincide roughly with that of the activated mole-



Sept., 1961

cules. High frequencies would not be excited
under either of these conditions.

The cases of intermediate and high frequencies
may be compared with the classical case. The
rate of activation is generally assumed to be
proportional to the equilibrium fraction, IFag
of molecules in the particular range of energies
which constitute the activated state under con-
sideration. We wish to find where IFad
is the fraction which would exist were the molecule
classical.

In the intermediate case IFdfFad is easily
evaluated.ll The fact that the activated molecule
is “classical” means that its energy levels are
fairly closely spaced. Both the unactivated and
the activated molecules would behave classically,
if all the frequencies had some low value, say
ve. The ratio of the true density of levels arising
from, let us say, n vibrations, in the activated
range, to the density if they all had frequency vc

n

would be ra1U

1=
densities of levels in the unactivated molecules
will be given by a ratio of corresponding vibrational

r. The ratio of the effective

partition functions Q, or (N ® )/ce-=cw w

h since a classical partition function Qc =

kT/hve. Thus

n o -
(hvdhTY JJ Q
-

n
= hp r/fo-o0/Q i]=_ nQi-i/pi)

i=i j=i

wijw..c, = (*./n

since kT/hvi is the high temperature or classical
limitforQi. w Jw a(is, in this case, always greater
than 1; however, it must be noted that it has a
temperature coefficient, and this must be taken into
account when determining the parameters which
enter into the theoretical estimate of the activa-
tion energy from the experimental temperature co-
efficient. This was consideredll in the case of the
decomposition cf F2, which is a good example of a
unimolecular reaction in its low-pressure stage,
and it was found that the net effect was a reduction
in the rate of activation. This, however, is strictly
a secondary effect.

This contrasts with the situation with high
frequencies. In this case the higher levels cor-
responding to these frequencies are not excited at
all, and the extra energy levels at high energy which
increase IFad are not available in IFa In other
words, a high frequency is not one to which the
energy can be distributed, and so the number of
distributions in the high energy range is cut down.
This is a direct effect of quantization. It was taken
into account by Rice and Ramspergerl2 by assum-
ing that the energy of only a limited number of
classical oscillators was available for accumulation
in the reaction coordinate, and by Kassel,13 by

(11) O. K. Rice, Monatsh. Chem., 90, 330 (1959).
(12) O. K. Rice and H. C. Ramsperger, J. Am. Chem. Soc., 49, 1617
(1927).
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using a larger number of oscillators with an “aver-
age” frequency.

4, Near-dissociation and Effect of Anhar-

monicity.—There will be times when the reactive
bond in a molecule gets almost, but not quite,
enough energy to dissociate it. Since the energy
levels are close together near the dissociation limit,
this will have somewhat the same effect as dissocia-
tion on the rest of the molecule.

Let us consider the case where a molecule has
barely enough energy to dissociate. After dis-
sociation the fragments are in their ground states.
There is no choice, then, for the distribution of
energy; the state of the activated molecule will
connect to a single continuum. If we are dealing
with a relatively complex molecule, we may expect
there to be several vibrational modes with low
frequencies, the corresponding hv being only a
few times kT. |If any one of these frequencies
retains one quantum of excitation, the reactive
bond can receive an excitation to a point only
slightly lower than its dissociation limit. This
process would certainly not occur less rapidly than
the dissociation. The levels in the activated mole-
cule are already broadened by the dissociation so
that they merge together, but this process might
broaden them still further in a certain sense.
If the vibrational levels of the reactive degree of
freedom133 (before considering the perturbation due
to the rest of the molecule) are sufficiently closely
spaced, the energy levels of the whole molecule
may well be “broadened” enough (considering
only the interaction with discrete levels of the re-
active bond) to cover several of them. On the
other hand, if the energy localized in the reactive
degree of freedom is sufficiently low to cause it to
be far enough below its dissociation limit so that
its levels are spaced farther apart than the levels
of the molecule as a whole, the levels of the re-
active vibration may be expected to be “broadened”
so as to overlap, and thus cover several of the levels
of the whole molecule. For one of these vibrations
of the reactive degree of freedom is strongly per-
turbed by the rest of the molecule at least once
during a single vibration, when the bond is at its
minimum distance. Indeed, the lifetime of such
a vibration would scarcely be expected to exceed its
period. Thus the broadening, se, would be re-
lated to the period, r, by the usual relation, as
indicated in the preceding section of this paper

t8E s/ h

But then, by the correspondence principle, 8E
is just equal to the distance between levels. Thus
we may expect free interaction between the levels
of the reactive vibration with the various levels
of the molecule as a whole. Perhaps we should
say that the expectation of such a strong inter-
action, due to the strong perturbations which must
exist, cannot be inhibited by quantum effects.
Since there would be various ways that the energy
could come into the reactive bond in such a way as
to nearly break it, contrasted to the one way it can
actually break it, the bond will be nearly broken
a number of times before it is actually broken.

(13) L. S. Kassel, J. Phys. Chem., 32, 1065 (1928).
(13a) Synonymous with "bond which breaks.”
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The preponderance of near misses will presumably
lie greater when the molecule has excess energy
so that there are more ways in which the energy
can be distributed.

According to the theory which has been advanced
and discussed in recent years by Slater,4the process
of dissociation is assumed to occur when the phase
relations between various excited normal vibra-
tions become such that the displacement of a
certain bond from its equilibrium position becomes
greater than a certain value. One result of this
hypothesis is that excitation in certain degrees
of freedom is very much more effective than in
others in producing dissociation. Thus, in a
quasi-unimolecular reaction, the pressure at which
the rate constant began to fall off from its high-
pressure value would be that which might be ex-
pected for a molecule with a smaller number of
degrees of freedom—that is, the molecule would
act as though it were smaller than it really is. The
effect of anharmonicity was assumed to be that of
a minor perturbation, which might cause slow
exchange of energy between nearly normal modes
of vibration. However, we have seen that the
bond which is to break visits a region in which the
anharmonicity is extreme at least several times on
the average before it will break. Further, in the
course of the motion before the dissociation occurs,
other bonds will be stretched to the point where
anharmonicity is at least quite appreciable. To
be sure, we can hardly conceive of transfer of energy
from a bond at the moment when it is stretched to
the end of its swing, but it will encounter appre-
ciable anharmonicity on the way. It hardly seems,
therefore, that the effects of anharmonicity can
be regarded as those of a minor perturbation; one
may expect the exchange of energy between de-
grees of freedom to be rapid compared to the rate
of dissociation. It is, perhaps, conceivable that
in certain cases the symmetry of the molecule
would be such that completely free transfer of
energy between all the degrees of freedom would
not be possible, but it seems likely that such a
situation would occur only rarely. These ideas
are supported by recent experimental resultsl in
which certain excited radicals are formed in dif-
ferent ways. Subsequent decomposition of the
excited radicals gives a new set of products, but
always the same set, and occurs at rates whose dif-
ferences can be accounted for by differences in the
energy of the decomposing radical. As indicated
by the authors of these papers, the results would
seem to indicate efficient- redistribution of energy.

The Slater hypothesis that the criterion for
dissociation is stretching of a bond to a certain
point seems somewhat unrealistic in physical
detail when we consider the known nature of
potential-energy curves in the neighborhood of
the dissociation energy. As Slater pointed out, it
puts additional restrictions on the criterion for
dissociation beyond that of merely having suf-
ficient energy to break a certain bond. Effectively

(14) N. B. Slater, “Theory of Unimolecular Reactions,” Cornell
University Press, Ithaca, N. Y., 1959.

(15) R. E. Harrington, B. S. Rabinovitch and H. M. Frey, = Chem.

Phys., 33, 1271 (1960); J. N. Butler and G. B. Kistiakowsky, J. Am.
Chem. Soc., 82, 759 (1960).
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this results from the presumption that there are
other constants of the motion than merely the total
energy. Our argument of the preceding paragraph
indicates that in almost all cases the total energy
is the only important constant of the motion.
There is much redistribution of energy before the
reaction finally occurs, so that it seems reasonable
to suppose that before the final event, the initial
state of the excited molecule is “forgotten.”
Especially should this be true where quantum
mechanics is taken into account. Therefore, it
seems most reasonable to treat the problem of
dissociation as a statistical problem in the redistri-
bution of energy, as is done in the Rice-Rams-
perger-Kassel-Marcus theory. Our discussion ap-
plies specifically to the case of a rigid activated
complex, but it would apply a fortiori to the case
of a so-called loose activated complex.4

It is true that if the time between collisions is
very small there will not be time for the transfer
of energy from one degree of freedom to another
to occur, but when the pressure is such that the
time between collisions is of the order of magnitude
of the average life time of a molecule at any given
energy range (which is the important pressure in
the determination of the effect of pressure on the
unimolecular rate constant) the anharmonicity
should already be effective. Thus, it seems un-
likely that the falling off of the rate constant with
decreasing pressure will be slowed by a gradual
increase in the number of effective degrees of
freedom, as has often been suggested. It will be
noted that such an effect would, in a certain sense,
be opposite to that tentatively predicted at the
end of Section 2.

5. Quantitative Effects of Anharmonicity on

the Rate of Dissociation at Low Pressures.—
Anharmonicity can increase the equilibrium frac-
tion of activated molecules, because at higher
energies the bonds are more stretched, even with
the average distribution of energy within the mole-
cule, and the levels are closer together than if the
anharmonicity did not occur. We have discussed
thisll in considerable detail for the case of F2.
In this case there are only three degrees of freedom
of vibration, and we assumed that they all had,
at least approximately, the same dissociation
energy. An activated molecule contains enough
energy to break one of them, so on the average
each bond is about one-third dissociated, the
energy levels are about 23 as far apart as if the
molecule were in its ground state, and the prob-
ability of the activated state is therefore increased
by a factor of about (323 The rate of activation,
and hence the rate of reaction at the low pressure
limit, is increased by this same factor.

In the general case, if the bonds in a molecule
with n vibrations all had the same dissociation
energy, the factor would be [n/(n — 1)]n and
would approach e for large n. However, since
most of the bonds would have a higher dissociation
energy, the true ratio would be less than this, and
the effect would be unimportant except for small
molecules. It was important in the FD case as
a partial explanation for an apparently very high
preexponential rate factor. The other factors
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involved in the high rate were the effect of energy
of rotation on the rate of reaction, and a chain of
two steps in the decomposition.
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tion. If this were the mechanism in the dissocia-
tion of ethane into two methyls, for example, the
almost separated methyls could turn their hy-

6. The Problem of Loose Activated Com- drogens toward the bond, in which case the bond

plexes.—When there is a “loose” activated com-
plex4certain vibrations, usually bending vibrations,
become “loosened” into the equivalent of rotations;
this is the same as saying that in the reverse as-
sociation reaction no mutual orientation of the com-
bining parts is required. How such a state of af-
fairs can come about is a problem involving both
quantization and anharmonicity, the former be-
cause the vibrations and rotations (or their equiva-
lent) are quantized very differently, the latter
because, if the vibrations were truly harmonic,
no such change in their character would be pos-
sible. It is rather difficult to understand why
some activated complexes are loose, while others
which seem rather similar are rigid. However,
in cases in which they are known to be loose some
conclusions concerning their character and be-
havior can be drawn from general principles.

One mus~ suppose that when the reactive
bond is not stretched the bending vibrations will
not have changed to rotations or to a looser con-
figuration. On the other hand, when the bond is
stretched nearly to its breaking point, this change
has taken place if the activated complex is loose.
Since there are many more available energy levels
when the bond is stretched than when it is at its
normal length (accounting for the increased rate
of reaction of a loose complex), there must be many
more molecules, among those having the requisite
energy, in which the bond is stretched than in
which it is not stretched. In order for this to be
true we must suppose that, once the bond is
stretched, it does not readily return to its equi-
librium position. However, if this were true only
for those molecules in which sufficient energy is
localized in the reactive bond to break it, this
could not result in the high value for the pre-
exponential factor characteristic of the loose
activated complex. For the reaction then could
not proceed without going through a situation in
which the reactive bond had sufficient energy and
was unstretched. Since the loosening of the bend-
ing vibrations would occur only after the bond was
stretched the rate at which the above described
situation could arise would be that characteristic
of a rigid complex. We will have to suppose
that the loosening occurs when the reactive bond is
stretched, even though it does not have sufficient
energy to break, and that the reaction generally
occurs through the attainment of further energy
by this bond when the molecule is in this condition.
In other words, the molecule is loosened first, breaks
up afterward. In the association reaction we must
imagine ways by which the associating parts can
be held together with the bond stretched, a con-
dition from which the system relaxes only after a
lapse of time, but in general before it can dissociate
again.

When the reactive bond is stretched the bending
vibrations of the attached groups must become
much freer. Such a vibration could change into
a wagging motion which is ahnost as free as rota-

could not shorten readily to its normal length.
Furthermore, assuming equilibrium is established
(as we must, if the full increase in rate of reaction
is to be attained), the wagging motion would be
slower than the vibration in just the ratio that the
distance between energy levels would be decreased.
The time during which the bond would remain
stretched would thus be expected to be increased
in about the same ratio, whether we look at the
situation from a mechanical or statistical point of
view.

The very high rate of recombination of methyl
radicals, which occurs at nearly every collision, 6
indicating that the bending vibrations are fully
loosened to rotations in the activated complex,
suggests the possibility that the mechanism de-
scribed in the preceding paragraph needs to be
modified or supplemented. It suggests itself that
the unpaired electrons are able to interact at rela-
tively great distances, almost without regard to
the orientation of the radicals to which they are
attached. Thus three-center bonds might be
formed on any hydrogen, giving a structure such as

H H
:C H C:1
H ' n

which would have some stability though of course
less than the usual form. Such a structure would
be expected to have considerably loosened bending
vibrations, and this would be necessary, for it
is not possible to account for the high rate of dis-
sociation of methyl radicals and the correspondingly
high frequency factor for the dissociation of ethane
simply by the number of such bonds which could
be formed, though this would be a factor.

The recombination of ethyl radicals also pro-
ceeds rapidly, 6 with a steric factor of about 0.1;
the decomposition of azomethane is a case where
the frequency factor is large,7 about 10173 which
could just about be accounted for by free rotation
of both methyls in the activated complex, with
some contribution from rotation of N2 In these
cases, also, three-center bonds would be a pos-
sibility. In the case of the recombination of
fluoromethyl radicals,’6 which also has a steric
factor of about 0.1, structures such as

F F:
C F:C:F
F F:

might be intermediates.

If intermediates such as these were only suf-
ficiently stable so that they would revert to the
most stable structure more rapidly than they
would decompose again, they could serve to
stabilize the molecule temporarily, thus giving

(16) S. W. Benson, “The Foundations of Chemical Kinetics,”
McGraw-Hill Book Co., New York, N. Y., 1960, p. 302.

(17) W. Forst and O. K. Rice, 139th meeting of the American
Chemical Society, St. Louis, March, 1961. Paper No. 118, Division
of Physical Chemistry.
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time for the bond to be formed without the im-
mediate necessity for the orientation of the radi-
cals, which is characteristic of the rigid activated
complex.

Van der Waals forces could, o: course, hold the
radicals together, and this has been suggested
several times. However, in this case the dis-
sociation energy would be so small and the inter-
action of the radicals so weak that they would
probably dissociate again before a normal bond
could be formed. Especially would this be ex-
pected to be true in the case of methyl radicals.
Van der Waals forces between two methyl radicals
might be expected to be somewhat greater than
those between two methane molecules, since the
methyl radicals might be more polarizable. How-
ever, the difference between methyl and methane
would have to be considerable in order for a van
der Waals complex of two methyl radicals to be
sufficiently stable, in the light of the low boiling
point of methane.

Atlen L. Bowman
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When the bending vibrations which are to be
changed to rotations or looser oscillations involve
C-H bonds, they will in general be in the category
of high frequencies discussed in Section 3. This
means that, in order for the rotations to come into
something resembling an equilibrium state, the
zero-point energy of the bending vibrations must
be dissipated. This implies transfer of energy
between these degrees of freedom and other de-
grees of freedom in the molecule. Conversely, if
the complex is rigid, the vibrational levels are not
broadened,'8 and the reverse association requires
matching of energy levels. This means that zero-
point energy must be furnished for the vibrations
formed. The importance of this concept has al-
ready been pointed out.9

(18) These are vibrational levels of the activated complex, and the
broadening which is significant is that due to interaction with the ro-
tations of the dissociated fragments.

(19) O. K. Rice, J. Chem. Phys., 4, 53 (1936).
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A lattice constant of g = 4.4555 + 0.0003 A. has been determined for TaC0.9M+ oar, at 25°.
0.1563 (C/Ta) has been calculated relating composition to lattice parameter of TaC.

gives a lattice parameter of 4.4570 + 0.0010 A.

Introduction

TaC forms a face-centered cubic crystal lattice
for which the lattice constant, Gy decreases as the
crystal becomes deficient in carbon. An exact
knowledge of the relationship between a0 and the
TaC composition provides a possible analytical
tool, and, by extrapolation, gives a value of do
for the stoichiometric composition TaCi.ooo-

Lesser and Brauer,2 Smirnova and Ormont,3
Robins4 and Kempter and Nadler5 have de-
termined the variation of lattice parameter with
composition for the TaC phase, but with a notable
lack of agreement. Kovalskii and Umanskii6
have measured the lattice parameter of an analyzed
sample of tantalum carbide. In addition, van
Arkel,/ Becker and Ebert,8 von Schwarz and
Summa,9Burgers and Basart,0McKenna, 11 Norton

(1) This work supported in part by the U. S. Atomic Energy
Commission.

(2) R. Lesser and G. Brauer, Z. Metallic., 49, 622 (1958).

(3) V. I. Smirnova and B. F. Ormont, Zhur. Fiz. Khim., 30, 1327
(1956).

(4) D. A. Robins, “The Physical Chemistry of Metallic Solutions
and Intermetallic Compounds,” Paper 7B, Her Majesty’'s Stationery
Office, London, 1959.

(5) C. P. Kempter and M. R. Nadler, J. Chem. Phys., 32, 1477
(1960).

(6) A. E. Kovalskii and Ya. S. Umansiii, Zhur. Fiz. Khim., 20,
769 (1946).

(7) A. E. van Arkel, Physica, 4, 286 (1924).

(8) K. Becker and F. Ebert, Z. Physik, £1, 268 (1925).

(9) M. von Schwarz and O. Summa, Metallwirtschaft, 12, 298
(1933).

The equation a0 = 4.3007 +
Solution of this equation for TaCVoo

and Mowry,12 and Brownleel3 have measured lat-
tice constants of TaC. The lack of analytical data
on the material studied leaves most of the reported
values in question. It should be noted that in most
cases the reported lattice parameters are about
4.455 A .; thus the compositions are probably close

to TaCi.oo.
Bqoerimental

TaC samples were prepared by two different methods.

(1) Kennametal high-purity tantalum powder and
AUC graphite powder, outgassed at 2000°, were used as
starting materials. Spectroscopic analysis of the tantalum
showed major impurities, in p.p.m., to be Nb 300, Fe 200,
W 150, Zn 100, Mo 50. The graphite was analyzed and
found to be 99.4% C. After thorough mixing the tantalum-
carbon powder was loaded into a graphite crucible and
heated inductively for 10 min. at 2400° under vacuum
of 10-4 mm. or better. In some cases the sample was re-
moved from the crucible, ground to a powder, and then re-
turned for similar additional heatings. In every sample
a large evolution of gas was noted at 1000° and again at
1500° as the sample was brought slowly to heating tempera-
ture. No evolution of gas was noted when a sample was
heated for a second time. The sample size was about 5 g.
The TaC was removed from the crucible as a firm plug
with a gold or light-brown color. This color was uniform
throughout when the sample had a C/Ta ratio greater
than about 0.90, but with lower carbon content the gold
color was observed only on the surface, with the interior

(10) W. G. Burgers and J. C. M. Basart, Z. anorg. allgem. Chem.,
216, 209 (1934).

(11) P. M. McKenna, Ind. Eng. Chem., 28, 767 (1936).

(12) J. T. Norton and A. L. Mowry, Trans. AIME, 185, 133 (1949).

(13) L. D. Brownlee, J. Inst. Metals, 87, 58 (1958).
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of the sample gray in color. The surface was scraped off,
and the remainder of the sample was pulverized in a mullite
mortar.

(2) Fansteel high-purity tantalum powder and spec-
troscopic grade Madagascar flake graphite were used as
starting materials. Analysis of the tantalum showed Ta
99.8%, and, in p.p.m., C 900, H 45, N 325, 0 940, Nb
400, W 100, Fe 500. The melting point was 2990°. The
lattice parameter was 3.307 A. before melting and 3.304 A.
after melting. The thoroughly mixed powders were heated
inductively in 25-g. batches in graphite crucibles at 1850°,
under vacuum of 1 0 mm., for six 1.5 hour periods, with
material ground to a powder after each heating. As the
preparation progressed, the light-brown surface coat gradu-
ally decreased on the samples with C/Ta less than 0.85,
leaving a sample uniformly gray in color. The finished
samples of C/Ta greater than 0.85 were brown in color
throughout the sample.

All of the samples were analyzed for tantalum and total
carbon by combustion, and for free carbon by a chemical
method.}4 The samples prepared by method (2) were also
analyzed for nitrogen by a modified Winkler technique.
The sample is dissolved in hot HZ04K 2504 then made
strongly alkaline with KOH, and the ammonia is steam-
distilled into boric acid, which is titrated with HC1. The
samples prepared by method (2) were also analyzed for hy-
drogen by burning at 1000° in a stream of oxygen and weigh-
ing the water absorbed in Mg(C1042 and for oxygen by
vacuum extraction.5 The nitrogen content ranged from
50 to 200 p.p.m., the hydrogen content from O to 100 p.p.m.,
and the oxygen content from 30 to 159 p.p.m. It should
be noted that the lattice parameters of the two samples
with high hydrogen analysis, TaCo90and TaCo.soi, exhibited
the maximum negative deviations from the lattice param-
eter vs. composition curve. Spectroscopic analysis of
the samples (2) indicated Nb 400 p.p.m. and W 100 p.p.m.
There was no iron present in the carbide samples. The
absence of major impurities and the fact that in all cases
the sums of the analyses of tantalum and total carbon were
within 0.15% of 100% give assurance as to the high purity
of the TaC samples. Repeated analyses on several samples
indicated a standard deviation in the C/Ta ratio of
+0.005.

The X-ray powder patterns were made in a 11.46 cm.
Debye-Scherrer camera using copper radiation with a nickel
filter. The 00 values were obtained from the back-reflection
lines by applying the least-squares extrapolation of Cohen®
as modified by HessI7using an IBM-704 computer. A stand-
ard deviation was calculated from each film. In addition,
three films were prepared for several samples. The sepa-
rate films agreed within the standard deviation in all
cases.

Results

The experimental data are summarized in Fig.
1 as a plot of lattice parameter, < at 25 + 2°,
vs. the mole ratio, C/Ta, of combined carbon in
the total sample. The data are also listed in
Table I.

The data were fitted to a least-squares line.18
Since both x and y values were subject to error,
a specialized weighting scheme was used.9 The
function

N
q = X) wi{y" - (d + Bxi)i2

was minimized. Here v\ is the weight of the ith
data point, yi and ai are the coordinates of the ith

(14) O. H. Kriege. Los Alamos Scientific Laboratory Report LA-
2306, March, 1959.

(15) W. R. Hansen and W. M. Mallett, Anal. Chem., 29, 1868
(1957).

(16) M. U. Cohen. Rev. Sci. InstT., 6, 68 (1935); 7, 1955 (1936);
Z. Kristallogr., 94A, 288 (1936); 94A, 306 (1936).

(17) J. B. Hess, Acta Cryst., 4, 209 (1951).

(18) R. H. Moore and R. K. Zeigler, Los Alamos Scientific Labora-
tory Report LA-2367, Oct. 1959.

(19) W. Edwards Deming, “Statistical Adjustment of Data,”
John Wiley and Sons, Inc., New York, N. Y., 1943, Chap. 8.
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Fig. 1.—Variation of TaC lattice parameter with com-
position: X, this work; o, Lesser and Brauer; a, Smirnova
and Ormont; A, Robins;---------- , Kempter and Nadler; e,
Kovalskii and UmanskKii.

Tabile |

Summary of the Data

Com- Method
position, of
Cl/Ta 3rror (€)) Error prep.
0.994* 0.005 4.4555 0.0003 1
1990 .005 4.4536 .0005 2
.989“ .005 4.4552 .0005 1
987" .010 4.4554 .0005 1
.985“ .010 4.4554 .0005 1
978 .010 4.4543 .0003 1
978 .010 4.4545 .0005 1
976 .005 4.4537 .0004 2
.958 .005 4.4511 .0010 1
934 .005 4.4475 .0003 2
.932¢ .008 4.4453 .0003 1
927« .010 4.4440 .0010 1
.898 .005 4.4429 .0004 2
877 .008 4.4389 .0003 1
.833 .005 4.4333 .0005 2
.826 .005 4.4291 .0004 1
.801 .005 4.4237 .0004 2
776 .008 4.4204 .0009 1
737" .005 4.4167 .0003 2
.736 .008 4.4142 .0008 1
.710 .010 4.4104 .0010 1

“ Indicates free carbon present by analysis, but less than
0-7% by weight.

data point (do and C/Ta), A is the intercept, and
B the slope of the fitted equation. The weights
were taken as a function of the variance of x and y.
The solutions for A and B were A = 4.3007 +
0.0032, B = 0.1563 + 0.0035. The standard
deviation of the fitwas 3.4 X 10~5 The quadratic
form does not yield a better fit. Thus the data
are fitted to the equation

00 = 4.3007 + 0.1563X X = C/Ta (1)
Solving this equation for x
X = 6.39800 - 27.516 (2)

A solution of equation 1 for x = 1.00 gives an
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a0 value of a0 = 4.4570 + 0.0010 A. for the com-
position TaCj.ooo- The closest experimental ap-
proach to this composition was TaCo94 + (00j
witha0= 4.4555 + 0.0003 A.

Solution of equation 1 for the X-ray density
yields, as a good approximation

p= 1511 - 0.64X (3)

This gives an X-ray density of 14.47 g./cm.s for
the composition TaCi.ooo-

Discussion

The values reported by Lesser and Brauer
(open circles on Fig. 1), Smirnova and Ormont
(closed triangles) and Robins (open triangles),
the curve obtained by Kempter and Nadler (dashed
line), and the value of Kowalskii and Umanskii
(closed circle) are shown for comparison. It is
evident that, within experimental error, the values
of Lesser and Brauer are in agreement with the
present work. The samples prepared by Lesser
and Brauer were heated repeatedly until they
appeared to be homogeneous and did not contain
any free carbon by analysis. The one value re-
ported by Kowalskii and Lhnanskii is also in agree-
ment with the present work after conversion from
kX. to angstrom units.

It is believed that the deviation from the present
work of the data of Smirnova and Ormont, Robins
and Kempter and Nadler is due to inhomogeneity
of the samples. The analyses reported by Smir-
nova and Ormont indicate the presence of free
carbon in almost every preparation. Such samples
cannot be at equilibrium, and thus will probably
not be homogeneous. In addition, the very small
size of their samples (200-400 mg.) would make
precise analyses very difficult to obtain. The
primary method of preparation used by Robins,
carbiding a heated tantalum filament in an at-
mosphere of methane, could be expected to yield
an inhomogeneous specimen, since the diffusion of
carbon from the surface through the TaC to the
center of the filament would be very slow. The

Allten L. Bowman
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data of Kempter and Nadler were obtained by
distilling carbon from pressed compacts of initial
composition TaCo. 98 and by heating pressed
mixtures of TaCo.9b plus excess graphite at about
2500°. The results from the latter preparations
agree well with the present work, whereas the data
from the distillation residues do not agree at all.
This is most probably due to the inhomogeneity of
the samples.

The limits of homogeneity of the TaC phase
vary with temperature. D The lower limit is about
TaCo.” at 1850° and TaCQ7 at 2400°. The upper
limit is about TaCo® at 2400°, with a variation
toward lower carbon content at higher tempera-
tures. The upper limit may reach TaCi.ooo at lower
temperatures.

It is interesting to note the differences between
the lattice parameters of TaC and NbC. Although
the atomic radii of the metals are essentially the
same (Nb, a0 = 3.300 A.2l; Ta, a0 = 3.304 A),
the lattice parameters of the stoichiometric car-
bides are significantly different (NbC, a0 = 4.470
A.; TaC, a0 = 4.457 A). In addition Storms
and Krikorian2 have demonstrated a distinct
curvature in the plot of lattice parameter vs.
composition for NbC, as compared with the linear
fitfor TaC.
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THE EFFECT OF TEMPERATURE ON ION-EXCHANGE EQUILIBRIA. 1V.
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EQUILIBRIUM MEASUREMENTS AND CALORIMETRICALLY MEASURED
VALUESP

By 0. D. Bonner and J. R. Overton

Department of Chemistry, University of South Carolina, Columbia, South Carolina
Received April 24, 1961

lon-exchange equilibria between hydrogen and lithium ion on Dowex 50 resins of 4, 8 and 16% DVB content have been
studied over the temperature range 0 to 98° while maintaining a constant solirion ionic strength of 0.1 M. Calorimetric
measurements of the heat of exchange of hydrogen for lithium and sodium for hydrogen ion have been made on these same
resins at 25°.  The calorimetric measurements confirm the effect of resin composition on the heat of exchange as calculated
from the equilibrium measurements at the various temperatures. The data for the hydrogen-lithium exchange indicate
that the ion-exchange process may be considered enthalpy-wise as primarily a concentration of one ionic species with the simul-
taneous dilution of the other. In the exchange of sodium for hydrogen ion it appears that there is a considerable contribu-
tion to the heat effect caused by the ionization of the acid exchange sites when the resin is predominantly in the salt form.

The effect of temperature on ion-exchange
equilibria has been reported for several systems
investigated in these laboratories. In a report on
two of these systems, the exchange of ammonium
for hydrogen ion and of thallous for hydrogen ion,3
a “differential” process was considered in which
one equivalent of ions was exchanged between
quantities of solution and resin which were so
great that there was no resultant change in the
composition of either phase. Differential free
energy, enthalpy or entropy changes calculated for
this process are related to the corresponding stand-
ard changes by equations of the type

AF° = JN1AF*dX

where AF° is the standard free energy change,
AF* is the differential free energy change for an
exchange of one equivalent of ions at constant resin
composition and X is the mole fraction of the
preferred ion. It was possible, from the treatment
of these data, to show the effect of resin composi-
tion on the free energy, enthalpy and entropy
changes accompanying the exchange reaction. The
enthalpy changes calculated from the van't Hoff
eguation were so great that the probable percentage
error appeared to be small and therefore no cal-
orimetric measurements were made for compari-
son. The free energies and enthalpies of exchange
were found to be of the order of magnitude to be
expected if one considers the exchange process to be
primarily a dilution of the ion initially held by the
exchanger and simultaneously a concentration of
the ion initially in the aqueous phase. The values
of these functions were found to be extremely de-
pendent on resin composition.

Experimental

Equilibrium Measurements.—The methods of equilibra-
tion, temperature control and separation of the resin and
aqueous phases have been described previously. The
concentrations of the ions in each phase were determined

(1) These results were developed under a project supported by the
United States Atomic Energy Commission.

(2) The authors are indebted to Mr. Rex Collins and Mrs. Mary W.
Purdy, Summer Research Participants supported by a grant from the
National Science Foundation, for assistance with some of the results
reported herein.

(3) O. D. Bonner and Robert R. Pruett, J. Phys. Chem., 63, 1417
(1959).

experimentally for each exchange reaction. Solutions of
sodium chloride, lithium chloride and hydrochloric acid were
used in the hydrogen-lithium and sodium-hydrogen ex-
change studies. The concentrations of hydrogen and chlo-
ride ion in the aqueous solutions were determined volu-
metrically. The concentration of sodium or lithium ion
in the solution was calculated to be the difference between
the concentrations of chloride and hydrogen ion. The
number of equivalents of hydrogen ion in the resin phase was
determined volumetrically after exhaustive elution of the
resin with 2 M KC1 solution. The total capacity of this
resin sample was then determined by conversion to the
hydrogen form and a second elution and titration. The
lithium or sodium ion on the resin was calculated to be the
difference between the total capacity and the hydrogen ion
found to be present at equilibrium.

Calorimetric Measurements.—The calorimeter used for
these experiments is a 500-ml. Dewar flask placed in an air-
bath which is in turn immersed in a constant temperature
maintained at 25 + 0.01°. Temperature fluctuations in the
water-bath are effectively damped before reaching the
calorimeter. Temperature changes in the calorimeter are
measured by two Western Electric type 14A thermistors
having a resistance of about 100,000 ohms and a sensitivity
of about 5,000 ohms/“ at 25°. By correctly placing these
thermistors as two arms of a Wheatstone Bridge so that their
resistance changes are additive a temperature change of 10~4
degree, equivalent to a change of about one ohm in the point
of balance of the bridge circuit, is easily detectable. The
detector is a Hewlett Packard Model 425A microvoltam-
meter with a detection limit of 0.1 microvolt. All leads to
the thermistor and resistors in the bridge are shielded mono-
conductor cable, with all shields as well as the chassis of the
instrument connected to a common ground.

The temperature-resistance relationship was determined
by measuring resistance changes corresponding to the tem-
perature change from 24.5 to 25.5°, which were measured
with a Beckmann thermometer. The heat capacity of the
calorimeter was determined by measuring the temperature
change in the system resulting from the dissolution of solid
chloride.4

Heats of exchange were measured in the following manner:
approximately 0.02 equivalent of fully wet resin of known
composition was sealed in a glass cylinder and immersed in
the calorimeter until thermal equilibrium was reached. This
required about 24 hours. The calorimeter also contained
during this period of equilibration an aqueous solution of 0.1
M ionic strength adjusted so that at equilibrium the desired
amount of exchange would have occurred. After a steady
state was reached the aqueous and resin phases were brought
in contact and the resistance change as function of time was
noted. Thermal equilibrium was in all instances re-estab-
lished within one minute. The resin and solution samples

()] Integral heats of dilution of sodium chloride were calculated from

data in F. R. Bichowsky and F. D. Rossini, “The Thermochemistry of
Chemical Substances,” Reinhold Publishing Corp., New York, N. Y.,
1936.
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Fig. 1.—Hydrogen-lithium exchange equilibrium data on
4% DVB resin: A, 0°; B,25°; 0,50°; D, 75°; E, 98°.

were then removed and analyzed and the heat effect per
equivalent of exchange was calculated.

Discussion and Results

Hydrogen -Lithium Exchange.— Equilibriurn
studies involving hydrogen and lithium ion have
been made over the temperature range 0-98°.
The results of these investigations using Dowex 50
resins of 4, 8, and 16% divinylbenzene content are
shown graphically in Figs. 1-3. The data for 25°
are from a previous publication.6 Hydrogen ion is

(5) 0. D. Bonner, J. Phys. Chem., 58, 318 (1954).
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Mole % hydrogen resin.

Fig. 3.—Hydrogen-lithium exchange equilibrium data on
16% DVB resin: A, 0°; B, 25°; 0,50°; D, 75°; E, 98°.

preferred over lithium ion by all of the resins stud-
ied, with the selectivity quotient

H _ / mLiA / mole fr. H+\
\»lh+/soln (mole fr. Liream

decreasing as the temperature is raised. This de-
crease of selectivity with increasing temperature
has been observed for all exchanges between uni-
valent ions. Since the resin has the greater af-
finity for the smaller ion (which is likewise the
lesser hydrated ion), the decrease in resin selectivity
indicates that at higher temperatures the univalent
ions are more nearly the same size than at room
temperature.

The shapes of the curves representing the depend-
ence of the selectivity coefficient upon resin com-
position are similar for exchanges using all three
resin samples. The hydrogen-lithium exchange is
one of the few exchanges in which the selectivity-
resin composition curve exhibits a maximum or a
minimum. The variation in the separation of the
curves with loading indicates that the effect of
temperature upon the selectivity coefficient is
greater for 4 and 16% DVB resins with high lithium
ion loadings while for the 8% DVB resin the effect
is greater when the resin is predominantly in the
hydrogen form. One should then expect larger
“differential” heats of exchange to accompany ex-
changes on the 4 and 16% DVB resins when they
are predominantly in the lithium form and on 8%
DVB resin when the hydrogen loading is high. This
is experimentally verified by the chord plots of cal-
orimetric data in Fig. 4. These data also indicate
that the heat of exchange is greater for the 8%
DVB resin than for either the 4% or 16% DVB
resins. The variations of the differential heat of
exchange with resin loading for the various resins
may be interpreted qualitatively in the light of
some previous observations.3 For the exchange
reaction

H +(solution) + Li+(resin) = Li+(solution) + H Hresin)
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Fig. 4.—Heats of exchange data for the hydrogeri-
fithium exchange: A, 4% DVB resin; B, 8% DVB resin;
C, 16% DVB resin.

lithium ion is being diluted while hydrogen ion is
being concentrated. In all exchanges the aqueous
solution is maintained at a concentration of 0.1 m .
The concentration of the ion in the resin phase
depends, however, on the water uptake of the resin.
Previously published databindicate that the hydro-
gen forms of the 4 and 16% DVB resins have
greater maximum water uptakes than the lithium
form of the same resin while the reverse is true for
the 8% DVB resin.  This would result in the largest
concentration changes for the ions, upon exchange,
when the exchange takes place on 4 and 16% DVB
resins high in lithium loading or on 8% DVB resins
high in hydrogen loading.

Standard free energy, enthalpy and entropy
changes for the hydrogen-lithium exchange on the
three resin samples are given in Table I. The en-

Table |

Hydrogen-L ithium Exchange Data at 250

% DVB ALH AF° (cal)  AHO (cal) AS» (e.u.)
4 1.30 -155 -244 -0.30
8 1.26 -137 -528 -1.31
16 1.45 -220 -516 -0.96

0 Cruickshank and Meares6report a value of AH° = —387

cal. for asample of 10% DVB resin.

thalpy change is seen to be greatest for the exchange
on the 8% DVB resin. It has been previously ob-
served37 that sulfonate type ion exchangers were
similar in certain respects to nitrate salts. For ex-
ample, the selectivity scale for both univalent and
divalent ions is in exactly the same sequence as the
activity coefficient values for the corresponding
nitrates. It is thus of interest to note the heats
of dilution of the nitrates. Heats of dilution to
infinite dilution8 for nitric acid and sodium and
lithium nitrate solutions are shown in Fig. 5. The

(6) E. H. Cruickshank and P. Meares, Trans. Faraday Soc., 53, 1289
(1957).

(7) O. D. Bonner and Linda Lou Smith, J. Phys. Chem., 61, 326
(1957).

(8) Values are calculated from data given in Bichowsky and Rossini,
ref. 4, pp. 33, 34, 134, 142, 143.

E ffect of Temperature on lon-exchange Equilibria

1601

Molality.

Fig. 5.—Heats of dilution of some nitrates to infinite dilu-
tion: A, LINO3; B, HNOa, C, NaNO03

Fig. 6.—Heats of exchange for the sodium-hydrogen ex-
change: A, 4% DBV resin; B, 8% DVB resin; C, 16%
DVB resin.

differences in heats of dilution of nitric acid and
lithium nitrate increase until a concentration of
about 5 M is reached and then they decrease. If
the heats of dilution of the sulfonates vary in a
similar fashion with concentration, one would ex-
pect higher enthalpy changes for the hydrogen-
lithium exchange on 8% DVB resin than on resins
of higher or lower DVB content. It is of interest
that these data also indicate that there is a pos-
sibility of a reversal in sign for the enthalpy of ex-
change on resins of very high DVB content.
Sodium-Hydrogen Exchange.—The effect of
temperature on equilibria in the sodium-hydrogen
exchange system on a 16% DVB resin has been
reported.9 A few data for 4 and 8% DVB resins
also were given. The value of AH ° for this exchange
on 16% DVB resin at 26° was given as —787 cal./
mole. There was considerable uncertainty in this

(9) O. D. Bonner and Linda Lou Smith, J. Phys. Chem., 61, 1614
(1957).
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room temperature value, however, because of the
uncertainty of the slope of the log K vs. 1/T curve
between 0 and about 35°. Since reporting these
data, additional equilibrium experiments have been
conducted at 9° which indicate that the heat effect
is probably greater than that reported. Since the
9° curve for log k as a function of resin composition
fits smoothly into the figure published previously,9
these data are not presented. The effect of resin
composition is of greater interest than the effect of
temperature upon the selectivity and upon the
heat of exchange for this system. The heat of
exchange, as calculated from the equilibrium
measurements, is large for resins of high hydrogen
loading and is very small for resins of high sodium
loading. Extrapolation of the equilibrium data
to 100% sodium loadings on the 16% DVB resin
indicates a reversal of the heat effect, i.e., an exo-
thermic rather than an endothermic process for the
exchange reaction

Na+(solution) + H +(resin) = H +(solution) + Na+(resin)

Similar calculations have been made by Duncan®
on an unidentified sample of “Dowex 50.” Heats of
exchange calculated for the sodium-hydrogen sys-
tem were reported as ranging from about 800 cal.
per mole for resins of 10% sodium loading to 500
cal. per mole for resins of 90% sodium loading.
The effect of resin loading on the heat of exchange
appeared thus to be relatively unimportant.

The calorimetric data, as presented in Fig. 6,
confirm the heats of exchange as calculated from

(10) J. F. Duncan, Australian J. Chem., 8, 1 (1955).
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equilibrium measurements for the 16% DVB resin.
The heat of exchange is observed to become quite
small also for high sodium loadings on the 8%
DVB resin, but is essentially independent of resin
loading on the 4% DVB resin. From these data it
would appear that the resin used by Duncan con-
tained about 5% crosslinking. If the heat effect
observed in these calorimetric experiments were
due only to the effect of the concentration or dilu-
tion of the ions as mentioned previously it would be
expected that a larger heat effect would be ex-
pected for exchanges on resins of high sodium
loading where the water uptake is smaller. The
deviation from the anticipated behavior on the 8
and 16% DVB resins possibly is due to an opposing
heat effect which results from the ionization of
sulfonic acid exchange sites. A larger fraction of
un-ionized sites should be used in exchanges on
resins high in sodium loading than on those ex-
changes in which the resin is predominantly in the
hydrogen form. The calorimetric data for the
sodium-hydrogen exchange thus indicate that
there are many more un-ionized exchange sites on
the 16% DVB resin in the acid form than on the 8%
DVB resin and that the 4% DVB resin is essen-
tially free of un-ionized sites. This is in conformity
with the previously reported relationship between
the exchange capacity of a resin and the nominal
crosslinkingll and also the influence of structure
upon the strengths of sulfonic acids.11'12

(11) O. D. Bonner and R. R. Pruett, Z. physik. Chem 25, 75
(1960).

(12) O. D. Bonner and O. C. Rogers, J. Phys. Chem., 64, 1499
(1960).
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Osmotic and activity coefficients have been determined for lithium, sodium and potassium p-tolucricsulfonatcs and p-

toluenesulfonie acid at 40, 60 and 80° by isopiestic comparisons with solutions of sodium chloride.

In concentrated solutions

the coefficients of the lithium and hydrogen sulfonates decrease while those of potassium sulfonate increase with increasing

temperature.

The behavior of the sodium sulfonate as the temperature changes approximates that of sodium chloride.

These variations are explained as resulting from an increase of kinetic energy and a decrease of ionic hydration at elevated

temperatures.
increasing temperature in ion-exchange equilibria.

Investigations of ion-exchange equilibria have
been pursued in these laboratories for the past
several years. Summaries of the results of these
investigations at 25° on Dowex 50 resins of 4, 8 and
16% DVB content have been published.2-4 The
thermodynamic interpretation of these results has
been somewnhat difficult since the determination of
activity coefficients in crosslinked resins is impos-
sible because of the inability of the resin to swell

(1) These results were developed under a project supported by the
United States Atomic Energy Commission.

(2) O. D. Bonner, J. Phys. Chem., 59, 719 (1955).

(3) O. D. Bonner and Linda Lou Smith, ibid., 61, 326 (1957).

(4) O. D. Bonner, C. F. Jumper and O. C. Rogers, ibid., 62, 250
(1958).

The behavior of the activity coefficients of these sulfonates is related to the decrease of resin selectivity with

sufficiently, when immersed in water, to form in-
finitely dilute solutions. It has been possible,
however, to study the properties of monomeric and
dimeric sulfonates, similar in structure to the
monomer units making up the ion-exchange resin
and to relate the properties of solutions of these
electrolytes to the behavior of the exchanger.8-7
Recently, these investigations8-11 of ion exchange

(5) O. D. Bonner, G. D. Esterling, D. L. West and V. F. Holland,
J. Am. Chem. Soc., 77, 242 (1955).

(6) O. D. Bonner, V. F. Holland and Linda Lou Smith, J. Phys.
Chem., 60, 1102 (1956).

(7) O. D. Bonner and O. C.. Rogers, ibid., 64, 1499 (1960).

(8) O. D. Bonner and L. L. Smith, ibid., 61, 1614 (1957).

(9) O. D. Bonner and Robert R. Pruett, ibid., 63, 1417 (1959).
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equilibria have been extended over the temperature
range 0 to 98°. It was noted that the selectivity of
the resin for the alkali metal and hydrogen ions
relative to one another decreased as the temperature
increased, indicating that the values of the activity
coefficients of these resinates were approaching one
another. It was thought desirable to investigate
these trends using “model” compounds and the p-
toluenesulfonates were chosen for these studies
because (1) the activity coefficients of these sulfo-
nates are in the same order as the selectivity of the
resin for these ions512 at 25° and (2) p-toluenesul-
fonates are reasonably soluble in water and are
easily purified.

Experimental

All determinations of osmotic and activity coefficients of
p-toluenesulfonates at 25° have been made by the isopiestic
method.6'12 The measurements at room temperature offer
no great difficulty since covers may be quickly placed on the
dishes containing the solutions after removal from the con-
stant temperature bath without excessive loss of solvent.
At temperatures above 25°, however, this procedure is not
possible because of the rapid evaporation of the solvent.
Soldanol13'll and co-workers have overcome this difficulty by
construction of a magnetic balance within the isopiestic
apparatus so that the dishes might be weighed without
removing them. This type of elaborate apparatus was not
available in these laboratories and so it was necessary to
devise a means of placing covers securely on the isopiestic
dishes while the apparatus remained immersed in the bath.
Difficulties were encountered in obtaining a satisfactory seal
between cover and dish for the gold plated silver dishes
which are used at 25°. Glass dishes 23/ s" in diameter and
3V 4" in height with 24/40 standard taper lids eventually
proved to be quite satisfactory. It was possible to remove
and replace the lids inside the evacuated isopiestic apparatus
by means of a hook which could be manipulated from out-
side the apparatus. Although glass dishes are not entirely
satisfactory for isopiestic work at 25° because of the slow
transfer of heat through the walls of the vessels this limita-
tion is not so severe at elevated temperatures where the
vapor pressure of the solvent is higher and solvent transfer
is more rapid. Satisfactory thermal equilibrium in the sys-
tem was obtained by suspending the dishes in a solution of
sodium chloride which also served to regulate the final
equilibrium concentration of sulfonates.

Sodium chloride was used as the reference electrolyte for
these isopiestic comparisons. Osmotic and activity coef-
ficients were calculated from the equations

and

Iny=InTr+ Init + 2 7- 1)d\/mr7r
10 v arrr

where the subscript r riders to the reference electrolyte.
Results and Discussion

Osmotic and activity coefficients of lithium,
hydrogen, sodium and potassium p-tolucnesulfo-
nates are given at 40, 60 and 80° in Tables I—}I1.
These data form smooth families of curves when
incorporated with the previously published data
at 25°.51314 The maximum error in these results
occurs in the dilute solution range where isopiestic

(10) O. D. Bonner and Robert R. Pruett, J. Phys. Chem., 63, 1420
(1959).

(11) O. D. Bonner and J. R. Overton, ibid., 65, 1599 (1901).

(12) R. A. Robinson and R. H. Stokes, Trans. Faraday Soc., 45, 612

(1949).
(13) B. A. Soldano and coworkers, A High Temperature Iso-
piestic Unit, in “The Structure of Electrolytic Solutions,”“ Walter J.

llamer, Ed., John Wiley and Sons, Inc., New York, N. Y., 1959.
(14) C. Stuart Patterson, L. O. Gilpatrick and B. A. Soldano, J.
Chem. Soc., 2730 (1900).
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results are more uncertain. Within the accuracy
of the experiments, however, it appears that these
data for the sulfonates in dilute solutions parallel
those of sodium and potassium chlorides and hydro-
chloric acidb in that the activity coefficients de-
crease as the temperature is increased. In this
concentration range the Debye-Hiickel forces
should be most important and the slight decrease
in the dielectric constant-temperature product
would account qualitatively for this behavior.

Table |

Osmotic and Activity Coefficients of
p-ToLUENESULFONATES AT 40°
Osmotic coefficients Activity coefficients

m Lif H + Na + K + Li+ H + Na + K +
0.1 0.920 0.917 0.921 0.916 0.766 0.755 0.764 0.760
2 914 .897 .904 901 717 .693 .706 .695
.3 .907 .882 .893 .887 .687 . 653 671 .658
4 .902 871 .883 .874 .667 .623 .643 .628
.5 .899 .861 .875 .862 .649 599 621 .602
.6 .896 .852 .868 .849 .635 578 .602 579
7 .894 .844 .861 .836 .625 .560 .587 .558
.8 .892 .837 .855 .824 .616 .545 573 .539
.9 .891 .830 .848 .812 .607 .532 .560 .522
1.0 .889 .825 .842 .800 .600 .520 .548 .506
1.2 .887 .817 .830 77 .586 499 .526 AT7
1.4 .885 811 .818 .756 .575 482 .506 .450
1.6 .884 ,806 .807 .738 .566 467 .488 427
1.8 .884 802 797 721 .558 .455 472 407
2.0 .885 799 .788 707 .551 .445 .458 .389
2.5 .890 .800 767 .679 541 426 427 .352
3.0 .900 .812 754 .657 .536 416 .404 .325
3.5 915 .833 744 .637 537 413 .385 .302
4.0 .934 .861 741 622 541 416 .370 .283
4.5 .953 .894 744 611 .548 425 .359 .269
5.0 973 .930 .558 437
Table Il
Osmotic and Activity Coefficients of
p-TOLUENESULFONATES AT 60°
Osmotic coefficients Activity coefficients
m Li+ H+ Na + K + Li+ H + Na + K +
0.1 0.924 0.914 0.919 0.917 0.758 0.742 0.754 0.751
.2 911 .891 .902 901 .705 .678 .697 .693
.3 .902 .876 .891 .887 674 .640 .662 .655
4 .897 .864 .882 .873 .651 .609 .635 .624
.5 .892 .854 .875 .862 .633 .584 .615 .600
.6 .888 .845 .869 .850 .619 .563 .59 > 578
7 .884 .837 .863 .838 .605 .545 .580 .558
.8 .882 .830 .858 .827 .594 529 567 .540
.9 .880 .323 .853 .817 .585 .515 .554 .523
1.0 .879 .319 .847 .807 577 .504 .542 .508
1.2 .875 312 .835 .789 .563 484 522 481
1.4 .873 .307 .824 771 .552 468 .504 457
I.G 871 .803 .814 754 .542 454 .487 .435
1.8 .870 .300 .803 .738 .535 .443 AT73 415
2.0 871 .798 .795 .720 .529 .434 460 .400
2.5 .878 .800 .780 .702 .520 A17 434 .367
3.0 .890 .812 .769 .684 .513 407 413 .341
3.5 .906 .831 .763 .670 .513 403 .394 .320
4.0 .926 .855 762 .657 .516 405 .381 .303
4.5 .946 .888 .765 .647 .523 413 372 .287
5.0 .968 .925 a71 .532 424 .366

In the more concentrated solutions the activity
coefficients of lithium sulfonate decrease markedly
with an increase in temperature while those of p-
toluenesulfonic acid decrease to a lesser extent,
those of sodium sulfonate exhibit a maximum be-
tween 40 and 60° and those of potassium sulfonate
increase over the entire temperature range studied.
Although data are not available for the correspond-

(15) H. S. Harned and B. B. Owen, “The Physical Chemistry of
Electrolytic Solutions,”” Reinhold Publ. Corp., New York, N. Y., pp.
717, 726, 727.
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Table 111
Osmotic and Activity Coefficients of
p-TOLUENESULFONATES AT 80°
Osmotic coefficients Activity coefficients

M Li+ H+ Na+ K+ Li+ H+ Na+
0.1 0.920 0.910 0.917 0.915 0.749 0.729 0.742 0.742
2 904  .886 .901 900 695  .669 .685 684
3 .894 .869 .890 .887 .659 626 649 .647
4 .887 .857 .881 874 634 595 623 619
5 .881 .846 875 863 616 570 .602 594
.6 876 .837 .868  .852  .599 549 584 572
7 871 .829  .863 841 .585 531 569 552
8 .868 .822 .858  .831 573 514 557 535
9 .865 816 853 .821 563 500 543 519
1.0 .863 812 847 811 554 .488 523 505
1.2 .862 .804 837  .793 539 468 512 478
1.4 861 798 .827 775 527 452 494 454
1.6 861 794 817 761 518 .439 478 434
1.8 .862 791 .808 748 510 427 464 417
2.0 .863 789 .800 737 503 417 451 .402
2.5 871 790  .785 717 493 399 425 371
3.0 .883 .800 775 703 .488 .387 .405 347
3.5 .899 818 772 .689 .487 .382 .389 320
4.0 918 842 774 778 490 381 379 .308
4.5 938 874 779 667 496  .386 370 .294

5.0 .959 912 785 504 399 .362

ing chlorides over this temperature range it is
knownb that the activity coefficients of hydro-
chloric acid in concentrated solutions decrease
in the temperature range 0-60°, while those of
potassium chloride increase in the range 0 to 40°,
and those of sodium chloride increase to a maximum
value at about 60° and then decrease up to 100°.
In concentrated solutions of electrolytes the macro-
scopic dielectric constant of the solvent ceases to be
as meaningful as in dilute solutions and it appears
that the change of activity coefficient with tempera-
ture might depend primarily on two opposing ef-
fects: an increase in the kinetic energy and a
decrease in the solvation of the ions as the tempera-
ture increases. The potassium ion is the least sol-
vated of the cations considered and the increase in
activity coefficient with increased temperature
probably results from a decrease in ion pair forma-
tion as the kinetic energy of the ions increases. The
lithium ion, on the other hand, is substantially
solvated at 25° and the primary effect of an increase
in temperature is to decrease the solvation, reduc-
ing the size of the ion and thus increasing the ion
pairing. In the case of the hydrogen and sodium
sulfonates these two effects are more nearly matched
with the solvation being slightly more important
in the case of the acid and the kinetic energy in-

O. D. Bonner and Wittiam C. Ramrey
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crease influencing the activity coefficient of the
sodium salt to a great extent, at least in the range
25 to 40°. It is of interest to note that at a suf-
ficiently high temperature the values of the activity
coefficients of all of these sulfonates would ap-
proach one another and at still higher temperatures,
where the ions would be essentially unhydrated, the
values of these coefficients should be in the reverse
order of those at 25°.

Activity coefficients of these sulfonates are useful
in the interpretation of ion-exchange equilibria
Myers and Boydl have recognized that the parti-
tion of ions between an ion-exchange resin and an
aqueous solution may be treated as a Donnan mem-
brane equilibrium and have related the equilibrium
constant, K, for the exchange to the swelling pres-
sure, P, and the activity coefficients of the resin
sulfonates and of the ions in the aqueous solution
by the equation

log k = P(Vim - ?2a0/2.3&2 + log lo

\N7A+/i

The term making the most important contribution
to the equilibrium constant is the activity coef-
ficient ratio of the résinates. Recent equilibrium
studies811 involving lithium, hydrogen and sodium
ion indicate a decrease in selectivity of the resin for
sodimn over hydrogen and lithium ions as the tem-
perature is increased. This parallels the behavior
of the activity coefficients of the p-toluenesulfo-
nates. The activity coefficients of sodium p-toluenc-
sulfonate and u-toluenesulfonic acid illustrate this
trend in an interesting manner.  In dilute solutions,
the activity coefficients of the salt are larger than
those of the acid while in concentrated solutions the
reverse is true. A plot of activity coefficients of the
acid and salt as a function of concentration shows a
crossover which occurs at about 2.1 M at 25°, 2.6
M at 40°, 3.2 M at 60° and 3.8 M at 80°. At still
higher temperatures this crossover would not be
expected to occur until extremely high concentra-
tions were reached. This would correspond in ion-
exchange equilibria to a preference of the resin phase
for hydrogen over sodium ion at very high tempera-
tures. This phenomenon has not been observed ex-
perimentally for fully sulfonated resins and it is
probable that hydrolysis of the sulfonic acid ex-
change sites would occur before sufficiently high
temperatures were reached.

(16) G. E. Myers and G. E. Boyd, J. Phys. Chem., 60, 521 (1956).

\YaV o
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in Radiolysis of Toluene

IN THE RADIOLYSIS OF TOLUENE1
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The evolution of hydrogen2from the radiolysis of liquid toluene, toluene-«, a,«-¢3 toluene-dg, and equimolar solutions of

pairs of these toluene analogs was studied.

Results indicate that a disproportionately large fraction of the hydrogen gas

evolved during radiolysis is from the hydrogen atoms of the methyl group, that a fraction of the gas is formed by an intra-
molecular process, and that some of the gas is formed by a bimolecular process other than abstraction from the methyl

group.
m this paper.

Introduction

Hydrogen atoms are often considered important
intermediates in the degradation of organic ma-
terial by ionizing radiation.3 Reactions of
these atoms contribute to the formation of high
molecular weight products as well as to the forma-
tion of hydrogen gas in aromatic and vinyl hy-
drocarbon systems.®s Therefore, a knowledge of
their reactions is necessary for an understanding
of the radiation chemistry of unsaturated hydro-
carbons. A knowledge of hydrogen atom re-
actions would also contribute indirectly to our
knowledge of energy transfer and other important
processes in radiation chemistry by allowing the
separationd of these reactions from other effects.

There have been a number of studies of the
action of hydrogen or deuterium atoms with aro-
matic or double bond systems in the gas and solid
phases reported,53 but to the author’s knowledge,
only one direct experimental study of the reactions
of thermal hydrogen atoms in liquid aromatic
systemst has been made.

A study of the radiolysis of toluene provides an
opportunity to examine the radiation-induced
reactions of hydrogen atoms& with an organic
liquid under favorable conditions. The toluene
molecule contains both an aromatic ring, which is
probably somewhat less reactive to addition than
benzene or biphenyl,73 and hydrogen atoms of the
methyl group, which are abstracted’6 more easily
than the hydrogen atoms of a purely aromatic
hydrocarbon. Thus, hydrogen atom reactions with
the aromatic ring are not expected to overwhelm
abstraction reactions with the methyl group at

(1) Work performed under AEC Contract AT (Il-1)-GEN-8.

(2) The word hydrogen is used in this paper to refer to Hi +
HD + Di.

() A. J. Swallow, “Radiation Chemistry of Organic Compounds,”
Pergamon Press, London, 1960.

(4) M. Burton and W. N. Patrick, J. Phya. Chem., 68, 421 (1954);
W. N. Patrick and M. Burton, ibid., 58, 424 (1954).

(5) (@) B. de B. Darwent and R. Roberts, Disc. Faraday Soc., 14,
55 (1953); H. W. Melville and J. C. Robb, Proc. Roy. Soc. {London),
A218, 311 (1953); R. Klein and M. D. Scheer, J. Phya. Chem., 62,
1011 (1958); (b) R. B. Ingalls and J. R. Hardy, Can. J. Chem,
38, 1734 (1960).

(6) The hypothesis that hydrogen atoms are chemically important
intermediates in the radiation induced formation of hydrogen from
toluene has not been unequivocally established. It is the purpose of
this paper to demonstrate that this hypothesis is not inconsistent with
the experimental data presented here if all of the reactions of hydrogen
atoms are taken into account. See equations 7, 8, 9 and 10.

(7) (& M. Szwarc and J. H. Binks, “Theoretical Organic Chemis-
try,” Butterworth Publications, Ltd., London, 1959, pp. 262-298. (b)
M. Szwarc, J. Chem. Phya., 16, 128 (1948); H. Blades, A. I. Blades
and E. R. W. Steacie, Can. J. Chem., 32, 298 (1954); C. H. Leigh and
M. Szwarc, J. Chem. Phys., 20, 403 (1952).

An interpretation based on free radical reactions is presented which accounts qualitatively for the data presented

room temperature.8 One might therefore expect
observable competition between the two types of
reactions of hydrogen atoms with toluene. Thus,
it may be possible to compare these competing
reactions of hydrogen atoms with a single chemical
species, unperturbed by the difficulties inherent
in the interpretation of work done on solutions.

In this work, the hydrogen evolved during
irradiation from toluene, toluene-a,a,a-d3 toluene-
ds, equimolar binary solutions of these, and a
sample of 1.0% toluene-da in toluene was examined.
Evidence has teen found that hydrogen is evolved
preferentially from the methyl group, that some
of the hydrogen molecules contain two atoms from
the same toluene molecule, and that some of the
hydrogen is formed by a bimolecular process
other than abstraction.

Experimental

Reagents.-—Toluene (Mallinckrodt reagent grade) was
distilled in a 70-cm. glass-helices-packed column and a
center cut was taken. Gas chromatographic analysis
showed no impurities. The deuterated toluenes were ob-
tained from Merck and Company, Limited, of Canada.
Analysis by gas chromatography showed that the toluene-
a,a,a-dz had slightly over 1% of higher-boiling chemical
impurities and the toluene-dg had a similar percentage of
lower-boiling impurities. The isotopic purities of the
labeled toluenes were determined by low-voltage mass
spectroscopy.9 The isotopic purities were 94.5 and 95.7
mole % or better for the toluene-a,0:,a-d3 and toluene-d§,
respectively.

Irradiations.— About 1 ml. of previously degassed toluene
was vacuum-transferred into a weighed ampoule. The
toluene was then frozen with liquid nitrogen and the ampoule
sealed off and reweighed. Where equimolar mixtures were
required, a 0.5-ml. pipet (sealed off at the small end and
sealed into the vacuum system at the other) was used to
measure equal volumes at room temperature of the dif-
ferently labeled toluenes. Each isomer was flashed (suc-
cessively) from the same pipet into the same ampoule.
Two pipets of appropriate volume were used to fill ampoules
with a solution of 1.0% toluene-d8in toluene. The ampoules
were sealed off under vacuum, weighed, and shaken vigor-
ously for several minutes to mix the components. The
ampoules were irradiated in a nearly homogeneous field
of about 1.5 X 101S electron volts absorbed per gram
minute inside a Co® hollow cylinder source described else-
where. 10 The temperature of irradiation was the ambient
temperature of the source, about40°.

Product Handling and Analysis.—After irradiation, the
ampoules were broken in an evacuated ampoule breaker.
All the volatile material was vacuum transferred into liquid
nitrogen cooled traps where it was degassed carefully by re-
peated warming, vacuum transfer to another trap, and
pumping. The hydrogen and methane, which are volatile
at —196°, were pumped into a calibrated volume with a

(8) See page 1606-1607 of this report.

(9) D. P. Stevenson and C. D. Wagner, J. Am. Chem. Soc., 72,
5612 (1950).

(10) J. G. Burr and J. M, Scarborough, J. Phys. Chem., 64, 1367
(1960).
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Toepler pump and the pressure measured. This pressure-
volume measurement was used to calculate the G(non-
condensable gas) values tabulated in Table I. The gas
then was forced into an evacuated sample bulb for analysis
on a modified Consolidated Electrodynamics Corporation
Model 21-620 mass spectrometer.

Table |

O (Non-condensable Gas)

Toluene 0.13 +0 .005

Toluene-«, a, a-Cis .075 + .002

Toluene-dg .055 + .003

Toluene and toluene-d3 (equimolar .10 £ .004
soin.)

Toluene and toluene-dg (equimolar .095 + .003
soin.)

Toluene-d3and toluene-dg (equi- .06 + .007
molar soin.)

One mole % toluene-dg in toluene" .14

“ Based on one determination.

Results and Discussion

Experimental Evidence for Selectivity.—Values
for G(nhon-condensable gasll) are summarized in
Table I. These values include about 6% methane
and traces of higher boiling materials with hydro-
gen as the principal constituent. These values for
toluene were found to be independent of total dose
from 2 X 102 to 6 X 102 e.v./g. Packing with
glass capillary had no effect on G (non-condensable
gas), implying that wall effects are not important.

The disproportionately large effect of substi-
tuting deuterium for the three hydrogens of the
methyl group on the yield of non-condensables
is evident from the table. Substituting deuterium
for the methyl hydrogen atoms reduces (7(non-
condensable gas) by a factor 1/1.73. Replacing
all eight hydrogen atoms in the molecule with deu-
terium reduces G(non-condcnsable gas) by a factor
1/2.36 of the yield from protonated toluene. The
ratio of the reduction factors 1.73/2.36 is approxi-
mately equal to 3/4. This is about twice the
ratio of fractions of protons replaced in the mole-
cule, i.e., 3/8 -F 8/8 = 3/8, indicating selectivity.
Also, the yields from mixtures of toluene with
toluene-a,a,a-d3 and toluene-dg are very close to
the same, indicating that substituting deuterium
for hydrogen on the aromatic ring of the molecules
has little effect on the yield. Thus, it is evident
that substituting deuterium on the methyl group
of toluene is much more effective in reducing the
yield of hydrogen gas than replacing the ring
hydrogen atoms with deuterium.

In Table 11, the isotopic composition of the hy-
drogen gas evolved during radiolysis as determined
by mass spectroscopy is presented. From these
data the value of the %H = (112 + V-HD) X
100/H2+ HD + D2and %D = (D2+ yHD) x
100,/H2+ HD + DZ2in the product hydrogen can
be calculated. In Table 111 %H and %D are
compared with the per cent, of the hydrogen atoms
in the original substrate which are H1 atoms (%h)
and the per cent, which are H2 atoms (%d).
The selective evolution of hydrogen from the methyl
group is evident upon inspection of this table.
Note that pure toluene-a,a,a-d3 is the only sample

(11) The notation (?(X) refers to the number of molecules of X
formed for every 100 e,v. of energy absorbed during irradiation*

R. B. Ingalls
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irradiated that evolved gas richer in deuterium
than the original material. This is evidence
that the substitution of deuterium for hydrogen
atoms of the methyl group of the toluene has
a disproportionately large effect on the isotopic
composition of the hydrogen gas evolved during
irradiation.

It, is important to note that isotopic equilibra-
tion of the hydrogen gas evolved during radiolysis
occurs to only a very limited extent, if at all. The
values for the reaction quotient) = (HD)2(H 2-
(D2 range from ./ = 4.3 for the gas evolved from
toluene-a,«,«- (which is, probably fortuitously,
very close to the value to be expected for complete
equilibration? toJ = 1.6, 1.9 and 2.5 for the gas
evolved from the equimolar solutions of toluene
and toluene-ds, toluene and toluene-a,a,a-ds and
toluene-a,«,«-~ and toluene-dg, respectively. The
low values for | are interpreted to indicate that the
extent of equilibration in the gas phase is slight.13
This indicates that the values of 1 and the isotopic
composition of the evolved hydrogen are determined
by the processes of hydrogen formation.

Tabie Il

Isotopic Composition op the Hydrogen Gas Evolved

During Irradiation

Sample % H3 % HD %DI
Toluene 100
Toluene-«,«, «-d3 321 49.8 18.1
Toluene-dg 3.2 4.6 91.9
Toluene and toluene-dg (equi- 51.1 34.5 14.4
molar mixture)
Toluene-«,«,a-d3and toluene-dg 13.8 39.8 46.4
(equimolar mixture)
Toluene and toluene-«, «,«-d3 71.6 24.2 4.2
(equimolar mixture)
1.0% Toluene-dg and toluene" 99.3 0.63 0.09

“ Based on one determination.

Table Il
Hydrogen Isotopic Composition of Substrate and
Evolved Hydrogen
%H %D %h %d
Obsd. in
hydrogen in original
Substrate. evolved substrate
Toluene 100 0 100 0
Toluene-d3 (D3) 57 43 63 37
Toluene-dg (D8) 5.5 94.2 0.5 995
Equimolar soin, of H8 68 32 51 49
and D8
Equimolar soin, of H8 83.7 16.3 82 18
and D3
Equimolar soin, of 1)3 33.7 66.3 32 68
and D8
1.0 mole % D8 in H8° 99.7 0.4 99 1

“ Based on one determination.

Evidence for the “ Intramolecular” Formation of
Hydrogen.—The values of J for the gas evolved
from the equimolar solutions of the differently
labeled toluenes are distinctly lower than the value
expected for hydrogen which has been equilibrated
or formed in a random fashion. This fact suggests
that a significant fractionl4 of the hydrogen is

(12) L. M. Dorfman, J. Phys. Chem., 60, 826 (1956).
(13) J, G. Burr, J, Chem. Phys.; 25, 587 (1956).
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formed intramolecularly.2 It is not clear whether
(1) this intramolecular formation of hydrogen
represents the simultaneous loss of two hydrogen
atoms as a hydrogen molecule, or (2) the liquid
“cage’’ increases the probability that an atom
lost from a toluene molecule will abstract from the
remaining molecular fragment, or (3) still other
processes are involved. In any case, these low
values of J are evidence that some of the hydrogen
molecules evolved are made up of two atoms from
the same molecule.

Additional evidence for the intramolecular for-
mation of hydrogen from toluene during radiolysis
is obtained from the yields of D2from a solution of
1.0% toluene-dg in toluene. Since the toluene-«/
is in dilute solution, the results of bimolecular
reactions of toluene-d8 are largely suppressed.
Thus, the yield of D 2from this solution is a measure
of the intramolecular yield.55 If thisyield (7(D2 =
0.00013 is divided by the mole fraction of toluene-
d$ in the solution an approximate value for the
intramolecular yield of D2 from pure toluene-d8
(7z2 = 0.013) is obtained.’6 This value is
24% of the yield of D2from pure toluene-d8 (Cr(D2
= 0.055) for perdeuteriotoluene (see Table 1),
indicating that about one-fourth of the hydrogen
evolved from toluene is formed intramolecularly.

Evidence that the Hydrogen Gas Evolved is
Formed in Part by a Bimolecular Process.—The
relative yields of H2 from toluene-a,a,a-d3 and
from the equimolar solution of toluene-«,a,«-d3
and toluene-ds is

QH2_MB _ 0.075 X 32.1/100 ~
G(H2 ds_.d»  0.06 X 13.8/100 ¢

Thus, a twofold increase in the concentration of
protonated rings resulted in almost three times the
yield of H2 If it is assumed that H2 is formed
from toluene-««,a-«/ by processes which are
either first or second order with respect to the con-
centration of protonated rings, the relative im-
portance of these two types of processes in the for-
mation of hydrogen gas can be determined.

From expression 1, we can write

H2R) + U2RY-
HR) + UR)2 K’

where 4 and f@ are the sums of the specific re-
action rate constants for the unimolecular and
bimolecular process producing H2 from toluene-
a,a,a-d3 and 2R is the concentration of phenyl
rings or methyl groups in pure toluene in moles/
liter.

Solving for ki/k2 we obtain k\/k2 = 122R =
5.72 moles/1., where R is the concentration of pro-
tonated rings in an equimolar mixture of toluene-

(14) If the expression m > 1 — (.7/4)’A used by Dorfman to
calculate the fraction of hydrogen formed intramolecularly is evaluated
for the toluene-toluene-ds solution, this fraction M > 36%. It is
difficult to justify the use of this expression in a system such as this
one, however, because of the possibility of complicating reactions
involving the aromatic ring.

(15) A discussion of the principles involved in this type of data
analysis can be found in a recent paper by Dyne and Jenkinson.17

(16) Although this value is based on one experiment it is supported
by two determinations in which the 1% solution was irradiated at
11°. These values are about 60% of the value reported here.

(17) P. J. Dyne and W. M. Jenkinson, Can. J. Chemi, 38; 539
(1960).
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«,«,«-d3 and toluene-«/- The relative rates of

production of H2 from toluene-«,«,a-d3 by uni-

molecular processes is
kier) J, 1

fe(2#)2 ~ *2 (2R) 5.75 mole/l

1
' 9.4 mole/l. 0.61
Thus about 38% of the hydrogen formed from
atoms which were attached to the aromatic ring
of toluene are produced by intramolecular processes,
and 62% by intermolecular processes, respectively.
Similarly, the relative yields of D2from toluene-
a,a,a-d3and from the equimolar solution of toluene-
a,a,a-d3and toluene is

g(P2-A _ 0.075 X 18.1/100 _
g(D2%,_*  0.010 X 4.2/100 (

By a similar treatment, the quotient ki'/ki' of
the sum of specific rate constants for unimolecular
processes producing D2 from toluene-« a,a-d3
divided by the sum of competing second-order rate
constants isfcj'AV = 0.43/2 = 2.02 moles/1l. Thus
the ratio of intramolecular to intermolecular pro-
duction of D2 from toluene-a,a,a-d3 is
U{2R) 1
W{2F)* U X (2R)

mole/!. X »-2's <«
Therefore, about 18% of the hydrogen evolved
from the methyl group of toluene is produced by
intramolecular processes and 82% by intermolecu-
lar processes.

These values suggest that a significant fraction
of the hydrogen gas evolved during radiolysis is
produced by bimolecular processes. It is also
interesting to note that the fraction of D2 evolved
from the methyl group which is formed by a bi-
molecular process (82%) appears to be greater than
the fraction of H2which is produced bimolecularly
from the ring (62%). This is consistent with the
view that part of the hydrogen is formed by abstrac-
tion which is bimolecular and will occur much more
rapidly at the rather labile methyl hydrogen atoms
than from the ring hydrogen atoms.

Evidence for a Bimolecular Process Other than
Abstraction.— It has been shown by several workers
that, in a series of related elementary reactions, the
energy of activation E of the reaction can be related
empirically tc the heat of reaction in a simple
manner.18 For abstraction reactions, there is some
evidencel9for the relationship

E = 114 - 0.25Q

where Q is the exothermic heat of reaction in kcal.
per mole.

Taking the value 77.5 kcal. for the heat of dis-
sociation of the C-H bonds of the methyl group of
toluene, the heat of reaction, Qi for reaction 5 is
249 kcal.D

(18) M. G. Evans and M. Polanyi, Trans. Faraday Soc., 32, 1933
(1936); 34, 11 (1938); E. T. Butler and M. Polanyi, ibid., 39, 19
(1943); H. Steiner and A. R. Watson, Disc. Faraday Soc., 2, 88 (1947) |
N. N. Tikhomirova and V. V. Voevodskii, Doklady Akad. Nauk
S.S.S.R., 79, 993 (1951) (English translation, Can. Nat. Res. Coun.
TT-260 (1951)).

(19) A. N. N. Semenov, “Some Problems of Chemical Kinetics and
Reactivity;'* Pergamon Press, London, 1958.

(20) If 89.9 kcal. per mole is taken to be the value for the heat of
dissociation of the methyl G-H bonds, Qi = 13.5 kcal.
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CEHECH3+ H = CEHECH2+ H, + QI  (5)

Similarly, if 104 kcal. per mole is assumed for the
dissociation energy of the C-H bonds of the ring,
the heat of reaction Q2for reaction 6 is 0.6 kcal.

cthbh3+ h = cji.cro + h2+ q, (o

It can be shown from the above relationship
that the difference in the activation energy for the
two reactions is E\ — jS2 = 6.1 kcal. per mole.
At 40° this activation energy difference will
practically prevent abstraction from the ring if the
pre-exponential terms are within a factor of 200.2

Thus, the H2 formed by a bimolecular mech-
anism from toluene-Q',a,a-d3 is probably not a
result of hydrogen atom abstraction since this
would require that an H atom be abstracted from
the ring. Some other bimolecular process must
be invoked to explain this resub.

The following mechanism is proposed to explain
the formation of H2from toluene-a,a,a-d3

H + CEHS5CD3— v CsHeCD-, @)
H + CEHECD3 > H2+ CEHED3 (8)

The first reaction involves the addition of a hy-
drogen atom to the aromatic ring of toluene to
produce a free radical. The second reaction may
be considered an abstraction reaction in which
a hydrogen atom abstracts one of the two hydrogen
atoms on a ring carbon, or it may be thought of as
the disproportionation of a hydrogen atom and
the free radical produced in (7).

There is the possibility that a deuterium atom
might also participate in the reaction. In this case

() D+ CceHeCD3— > C,HDCD3 9)
then
(2) H+ ceH®DCD — H2+ C&H4CD3 (10)
— >HD + CHZD3

where the production of H2 is favored by an iso-
tope effect.

Other types of mechanisms have been proposed
to explain the bimolecular formation of hydrogen
in systems where abstraction is not expected to
compete with the addition of hydrogen atoms to
an aromatic ring.10 However, it has since been
found that HD is produced during the bombard-
ment of liquid o-terphenyl with thermal deuterium
atoms. These observations support the mecha-
nism proposed here.2 The temperature dependence

(21) Even if the value of 89.9 kcal. ig used for the methyl C-H
bond dissociation energy only 0.3% of the hydrogen atoms would be

expected to abstract from the ring if the pre-exponential terms are
equal.

(22) In order to obtain a meaningful comparison of the results of
the radiolysis of toluene reported in this paper and the results of the
deuterium bombardment of o-terphenyl reported in reference 5b,
two differences in the experimental conditions must be taken into
account. First, hydrogen atoms probably add to o-terphenyl about
10 times faster than they add to the aromatic ring of toluene by
analogy with the relative reaction rates cf methyl radical addition. B
Second, the differences in the concentrations of the free radical inter-

R. B. Ingalls
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of hydrogen and bibenzyl yields from irradiated
toluene is being studied in order to obtain more
evidence concerning the mechanism of hydrogen
formation.

Conclusion

It is possible, then, to account for both the yield
and the isotopic composition of the hydrogen gas
from the irradiated toluene samples by two general
types of mechanisms. One is purely free radical
in nature and accounts for about 60% of the hy-
drogen produced.24 The second is some intra-
molecular process.

This second type of process may also be free
radical in nature. A hydrogen atom evolved from a
toluene molecule or ion in liquid toluene may be
confined near the parent ion or molecular fragment
by the “cage effect” to make abstraction of hydrogen
from this relatively labile species an important proc-
ess. Although such a reaction would occur in two
separate steps it would be intramolecular and its
rate would show a first-order dependence on toluene
concentration. Therefore, the data presented in
this paper are consistent with the view that sub-
stantially all the hydrogen evolved from liquid
toluene during irradiation is produced by free
radical processes.

Acknowledgment.—The author is grateful to
R. A. Meyer for the mass spectrometric analyses.
Special thanks are due to J. G. Burr for suggesting
the problem and to him and D. E. McKenzie for
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mediates in the two experiments must be taken into account. To
calculate the steady state free radical concentrations during the
radiolysis of toluene we must estimate the rate of initiation of hydrogen
atoms into the system. For simplicity it is assumed that the atoms
are formed homogeneously with a yield of (7(H) = 1. (The actual
free radical distribution is inhomogeneous and will tend to favor radical
reactions.) The rate of initiation of hydrogen atoms into toluene
during the radiolysis experiments reported here is approximately

I« — X (7(H) = 3.6 X 10-7 mole sec.“11.-1
If all the specific rate constants of the mechanism proposed for the
reaction of deuterium atoms with o-terphenyl8 are assumed to be
applicable to the reaction of hydrogen atoms with toluene except that
ki is taken to be 106moles liter-1 sec.-1, the steady-state concentrations
of hydrogen atoms during toluene radiolysis can be calculated and is
found to be 3.8 X 10-14 mole/liter. Similarly, the CsHeClis radical
concentration is 6.0 X 10-7 mole/liter. Therefore, the rate of addi-
tion of hydrogen atoms to the aromatic ring of toluene is approxi-
mately 3.6 X 10-7 mole liter-1 and the rate of exchange by reaction
8is 6.7 X 10-10. This corresponds to a yield of hydrogen by reaction
8 (B(H2) = 1.9 X 10-3 which is about a factor of 20 below the observed
value of 3.7 X 10-2. In view of the nature of the approximations
used in reference 23 as well as those made here, this agreement is
remarkably good.

(23) R. B. Ingalls and J. R. Hardy, ref. 5b.

(24) 1t should be noticed that lack of knowledge of the elementary
reactions of hydrogen atoms in liquid aromatic systems made necessary
a direct experimental investigation of these reactions before it was
possible to account for the observed hydrogen yields reported in this
paper in a simple manner. It is likely that a better understanding of
free radical reactions in condensed phases would be of help in improv-
ing our understanding of organic radiation chemistry in liquid and
solid phases.
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The low temperature heat capacities of potassium and ammonium taranakites, HEK3AI6(PO4)8T8H D (c) and HENH 43
Als(PC>4)sT8HD (c), were measured at 10 to 310°K. The respective entropies at 298.16°K. are 335.6 + 0.6 and 339.9 + 0.6

e.u.—the enthalpies, 54,780 and 57,180 cal. mole-1.

for the potassium salt, —4432 + 5 keal. mole-1 and pK

Potassium taranakite, HoK.iIAkfPChU 181120, and
its ammonium analog, HGNH43AEP04)8I8HD,
have been found among the products of reaction
of soils with the concentrated acidic solutions re-
sulting from the dissolution of some phosphate
fertilizers.1 Properties of the taranakite minerals
thus are of interest in relation to the phosphorus
status of soils. Measurements of their solubilities
are reported in a companion paper.2

The heats of formation from the elements at 298.16°K., as deter-
mined in a solution calorimeter, and calculated solubility product constants are —4523 + 5 keal. mole-1 and pK
183.7 for the ammonium salt.

187.1

298.16°K. derived therefrom, and the heats o
formation at 25° as determined in a solution cal-
orimeter. The entropies and heats of formation
are combined with other values from the literature
in calculations of solubility product constants,
which are compared with values derived from the
direct measurements of solubilities.2

Apparatus and Materials.—The low temperature cal-
orimeter3and the solution calorimeter4have been described.

Table |

Observed Heat Capacity of Potassium Taranakite, H6K3A15(P04)8-1811D (c), Cal. Deg.-1 Mole-1

Point0 T, °K. (7] Point0 T, "K. (7] Point* T, °K. O
80 9.77 0.985 20 97.66 126.6 9 213.90 268.5
91 11.30 1.277 45 101.44 132.0 61 217.61 272.2
81 12.43 1.625 21 104.95 136.6 10 221.43 276.3
92 15.00 2.890 46 108.80 141.8 62 225.24 280.1
82 16.42 3.761 22 112.40 146.7 11 229.20 284.4
93 18.92 5.782 47 116.02 151.5 63 232.71 287.9
83 20.46 7.236 23 119.75 156.5 12 236.81 292.4
94 23.67 10.85 48 123.42 161.4 64 240.89 296.9
84 25.19 12.77 24 126.99 166.1 13 244.27 300.2
95 28.38 17.16 49 130.76 170.9 65 248.04 304.2
85 30.86 20.89 25 134.43 175.7 14 251.59 307.6
96 33.58 25.15 50 138.03 180.3 66 255.23 311.3
86 36.14 29.34 26 141.82 185.1 15 258.96 314.9
97 39.56 34.93 51 145.50 189.6 67 262.65 318.6
87 41.99 38.95 27 149.16 194.2 16 266.39 322.3
98 45.34 4458 52 152.94 198.7 68 270.11 326.0
88 48.50 49.97 28 156.71 203.3 17 272.83 328.8
99 51.58 55.09 53 160.35 207.6 1 276.55 332.3
89 54.67 60.19 29 164.23 212.3 69 279.83 335.8
34 56.42 63.09 54 167.97 216.8 2 283.19 339.0
39 58.86 67.11 30 171.74 221.1 70 286.69 342.7
35 61.65 71.84 55 175.58 225.6 3 290.14 346.0
40 64.85 77.23 31 179.98 230.7 74 291.95 347.8
36 67.31 81.17 56 183.39 234.4 71 293.82 350.0
41 70.67 86.33 32 187.27 238.8 75 295.69 351.6
37 73.71 91.08 57 190.79 242.6 76 299.02 355.2
42 76.75 95.94 33 193.99 246.2 72 301.04 357.4
38 80.35 101.8 58 197.05 249.4 77 302.41 358.7
18 83.58 106.7 7 199.76 252.7 5 304.12 360.3
43 86.92 111.7 59 203.08 256.3 78 306.15 362.7
19 90.54 116.8 8 206.60 260.5 73 308.32 365.1
94 93.93 121.4 [€o) 210.02 264.1 6 310.40 366.8

° Numbered in chronological order.

Presented here are measurements of the heat
capacities of potassium and ammonium taranakites
at 10 to 310°K., entropies and enthalpies at

(1) W. L. Lindsay and A. W. Taylor, Proc. 7th International Congress
Soil Sci. (1900) (in press).

(2) A. W. Taylor and E. L. Gurney, J. Phys. Chem., 65, 1613
(1961).

One defined calorie was taken as 4.1840 abs. j.—the ice
point as 273.16°K. The heat capacities were corrected for
curvature.3 Temperatures were read to four decimal places,
as small temperature differences were important; they were
rounded to two decimal places in the final tabulation.

(3) E. P. Egan, Jr,, and Z. T. Wakefield, ibid., 64, 1953 (1960).
(4) E, P. Egan Jr.,, and B. B. Luff, ibid., 65, 523 (1961).
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The potassium and ammonium taranakites were the
crystalline preparations used in solubility measurements.4
As the taranakites lost weight under vacuum, air in the
low temperature calorimeter was replaced with helium by a
flushing procedure. The -calorimeter was evacuated as
rapidly as was feasible to < 0.1 mm. and refilled with
helium immediately. This procedure was repeated twice.
On the third filling, the helium pressure was limited to 0.33
atm., and the calorimeter was sealed.

Aluminum sulfate hexahydrate was prepared by the
method of Young.5 Its ignition loss in 1 hr. at 1200° was
77.32%, which corresponded to a residue of 22.68% A1D 3
(stoichiometric, 22.645%).

Potassium sulfate (Mallinckrodt reagent-grade salt) was
dried at 120° for 2 hr. An assay gave 99.70% K2ZS04.

Ammonium sulfate (Fisher “primary standard”) was
dried at 105°.

Potassium dihydrogen phosphate (reagent-grade salt)
was dried at 105°. Reagent from the same source had been
found repeatedly (by TVA) to have essentially stoichiometric
composition.

Low Temperature Heat Capacity. Potassium Taranakite.
—The calorimeter charge was 80.032 g. (vacuum) or 0.05962
mole of potassium taranakite (formula wt., 1342.336).

Observed molal heat capacities are shown in Table 1—
smoothed heat capacities and the corresponding entropy
and enthalpy increments in Table Il. The average devia-
tion of the observed from the smoothed heat capacities was
less than 0.1% except at temperatures below 30°K., where
the small magnitudes impaired the accuracy. The low end

Tabie Il

Molal Thermodynamic Properties of Potassium
Taranakite, H&K 3AI5(P04)8T8ED(c), Cal.Deg.“1

T, °K. CP 5» H« - H®
10 0.841 0.282 2.108
15 2.845 0.947 10.63
20 6.801 2.260 33.92
25 12.55 4.366 81.64
30 19.60 7.262 161.6
35 27.41 10.86 278.9
40 35.66 15.06 436.4
45 44.02 19.74 635.6
50 52.42 24.81 876.7
60 69.08 35.84 1484
70 85.36 47.73 2277
80 101.2 60.16 3190
90 116.0 72.94 4277
100 129.9 85.39 5507
110 143.5 98.91 6874
120 156.8 112.0 8376
130 170.0 125.0 10010
140 182.8 138.1 11770
150 195.2 151.2 13660
160 207.2 164.1 15680
170 219.1 177.1 17810
180 230.6 189.9 20060
190 241.7 202. 22420
200 252.9 215.4 24890
210 264.1 228.0 27480
220 274.8 240.5 30170
230 285.2 252.9 32970
240 295.8 265.3 35880
250 306.1 277.6 38890
260 316.0 290.0 42000
270 325.9 301.0 45210
280 335.9 313.0 48520
290 345.9 325.0 51920
300 356.2 337.8 55430
273.16 329.0 305.7 46240
298.16 354.3 335.6 54780

(5) T. F. Young, J. Am. Chem. Soc., 67, 257 (1945).

E. P. Egan, Jr., Z. T.Wakefield and B. B. Luff

Vol. 65

of the heat capacity curve was located by plotting Cv/T
against Ti and extrapolating smoothly to 0°K.

The entropy of H6K3AIgP048T8HD (c) at 298.16°K. is
335.6 + 0.6 e.u. On the assumption that, the measured solid
represents the ideal state, the enthalpy, H°-Ho°, at 298.16°K.
is 54,780 cal. mole“1 The calculations were made on an
IBM 704 computer.3

Ammonium Taranakite.—The calorimeter charge was
80.612 g. (vacuum) or 0.06302 mole of ammonium taranakite
(formula wt., 1279.156).

Observed molal heat capacities are shown in Table 111 -
smoothed heat capacities and the corresponding entropy and
enthalpy increments in Table 1V. The average deviation
of the heat capacities was the same as for the potassium
salt.

The entropy of HENH4)3AIFP 04V 1811D(c) at 298.16°K.
is 339.9 + 0.6 e.u. The enthalpy, H° - HJ> at 298.16°K.
is 57,180 cal. mole-1.

Heat of Formation. Potassium Taranakite.—The heat
of formation of potassium taranakite was determined from
heats of solution as measured in a solution calorimeter
according to the over-all reaction

5 [AlIAS0436HD](c) + 16KHZP 04c) + 40.110HD(1) =
2[H&K 3AI5(P04S18HD](c) + 10[HXS04-3.411HD]
(soln.) + 5K=04c) (1)

Combination of the measured heats of solution in the proper
sequence yielded the heat of reaction for equation 1. Heats
of formation were known for the reactants and for all the
products except potassium taranakite.

A weighed volume of 850 ml. of 4 m HC1 solution was used
as solvent in all measurements of heat of solution. The
calorimeter system was calibrated electrically immediately
before and after each measurement, and over the same tem-
perature increment.

The dissolution characteristics of the taranakites at 25°
did not lead to a satisfactory temperature rise in a reasonable
time (1 hr. or less). All heats of solution therefore were
measured at 40°. The water-bath around the calorimeter
was operated at 410so that all temperature drifts were in one
direction.

Substitution of the measured heats of solution (Table V)
in equation 1 yielded —69,837 cal. as the AH of reaction at
40°.

To compute the enthalpy increment AHJaffor each heat of
formation, cubic equations were fitted to the heat capacities
and integrated to obtain enthalpy or were fitted directly
to the values of enthalpy that were available. The six or
eight points of heat capacity or enthalpy nearest the incre-
ment 25 to 40° were chosen. The calculated enthalpy incre-
ment for each compound and for the required elements are
shown in Table VI.

The heat of formation of HS04-3.411HD at 25° was cal-
culated by analytical interpolation of heats of formation for
112504 solutions.6 Shown in Table VII are the heats of
formation from the elements at 25° (from the literature)
and the heats of formation at 40° as calculated from the
combination with the enthalpy increments.

Combination of the heats of formation at 40° with the
heat of reaction for equation 1 (—69,837 cal.) yielded —4,-
523,990 cal. mole -1 for the heat of formation at 40° of
potassium taranakite. Subtraction of the enthalpy incre-
ment for formation of potassium taranakite, Aff]J50= —824
cal. mole“1, yielded —4,523,170 cal. or —4523 kcal. mole“1
for the heat of formation of potassium taranakite from the
elements at 25°. The estimated uncertainty is +5 kcal.
mole-1.

Ammonium Taranakite.—The heat of formation of am-
monium taranakite was determined similarly from the over-
all reaction

5[AIAS043-6HD](c) + 16KH,P04e) + 3(NH4AHZS04c) +
40.110H,0() = 2[HENH43AIGP 04818HD](c) +
10[HZS04-3.41 IH D](soln.) + 8KZXS04c) (2)
Again, the heats of solution was measured at 40° with 4 m
HC1 as solvent.
Substitution of the measured heats of solution (Table V) in

equation 2 yielded —73,496 cal. as the heat of reaction at
40°. Combination of this value with the pertinent heats of

(6) National Bureau of Standards Circular 500, U. S. Govt. Printing
Office, Washington, D. C., 1952,
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Observed Heat Capacity of Ammonium Taranakite, HsfNHOSsSAIsiPChVISH0Ofc), Cart.Deg.' 1M otle-1

Point®
87
77
88
78
89
79
90
80
91
81
92
82
93
83
94
84
95
85
96
86
39
35
40
36
41
37
42
38
43
18
44
19

T, °Kk.
9.81
10.80
12.20
13.75
16.28
18.46
20.78
23.66
25.22
28.79
30.75
34.16
37.26
39.87
43.34
45.88
48.98
52.08
55.04
58.10
59.67
60.32
63.05
66.23
68.07
72.82
74.89
79.56
81.53
81.80
85.60
89.15

Op

0.822

.856

.081

.523

.910

.578
174

0
1
1
2.604
3
5
8

9.774

13.96
16.48
21.25
25.83
29.80
35.19
39.32
44.44
49.58
54.39
59.49
62.00
63.18
67.85
73.29
76.30
83.97
87.39
95.31
98.50
99.06
105.3
111.1

“ Numbered in chronological order.

Moral

Taranakite, HefNHIhALIPChVISHsCKc),

T, °k.
10
15
20
25
30
35
40
45
50
60
70
80
90
100
110
120
130
140
150
160
170
180
190
200
210

Tabre IV

Point*
45
20
46
21
a7
22
48
23
49
24
50
25
51
26
52
27
53
28
54
29
55
30
56
31
57
32
58
33
59
34
60

7

Thermodynamic Properties of Ammonium

Op
0.073
1.977
4.997
9.618
15.
22.

L)
oW

29.

©
©

37.
46.

o ©
© P

62.

=)
~

79.

IS
N

96.

)
N

112.

w

127.
143.
158
172.
187.
201.
215.
228.
242.
255.
268.
281.

P O O 0 ® W » N ® N P ©

S

103.
117.

130
143
157.
170.
184.
197.
210.
224.

P o v N ow o

323
796

737
321
.580
.480
.96
.95
.36
.23
.15
.83
.09
.74
.64

w © o

Cal.Deg.

Ho - Hoo

T "It

92
96
99
103
106
110
114
118
121
125
129
133
137
140
144
148
152
155
159
162
166
170
173
177
180
184
187
191
194
198
198
201

1

2.169

8
24
60
123.
217.
348.
518.
728.
1272
1982
2859
3902
5103
6458
7964
9620
11420
13370
15450
17670
20020
22510
25120
27870

.93
.86

2
7
5

213

.20
.96
.36
.86

.18
.05

.57

11

.53
.08
.83

.08
.57

.48
.15
.58
.16
.48
.00

Co Point* T, °K. Cp

116.3 61 203.98 273.0

122.0 8 206.36 276.3

127.7 62 210.15 281.3

133.0 9 213.35 285.5

138.3 63 216.99 290.0

.65 144.1 10 221.00 294.7
149.4 64 224.89 299.4

155.3 11 228.69 303.9

161.0 65 232.63 308.6

166.5 12 236.20 312.8

.68 172.5 66 239.99 317.3
.48 178.0 13 243.56 321.5
183.1 67 247.40 326.0

.75 188.4 14 250.94 329.9
.85 194.2 68 254.66 334.1
.18 198.9 15 258.37 338.2
204 .4 69 261.98 342.2

209.1 16 265.66 346.2

214.0 70 269.52 350.5

219.1 17 272.84 354.0

.64 224.3 1 275.15 356.3
228.9 71 276.90 358.4

233.5 2 280.09 361.6

238.1 72 283.38 365.3

242.6 3 286.48 368.4

247.5 73 289.75 371.9

251.8 4. 293.14 375.2

256.5 74 296.40 378.7

260.8 5 299.69 382.1

265.3 75 302.77 385.4

266.0 6 306.16 388.8

269.4 76 309.57 392.5

220 293.6 237.7 30740

230 305.5 251.0 33740

240 317.3 264.2 36850

250 328.8 277 .4 40080

260 340.0 290.6 43430

270 350.9 303.6 46880

280 361.6 316.6 50450

290 372.1 329 .4 54110

300 382.4 342.2 57890

273. 16 354.3 307.7 48000

298. 16 380.5 339.9 57185

formation at 40° (Table VII1) in equation 2 yielded -4,434,-
750 cal. mole-1 as the heat of formation of ammonium tara-
nakite at 40°. Subtraction of the enthalpy increment for
formation of ammonium taranakite, Aif]5D = —2,304 cal.
mole'l yielded —4,432,450 cal. or —4432 kcal. mole-1 as
the heat of formation of ammonium taranakite from the
elements at 25°. The estimated uncertainty is = 5 kcal.
mole-1.

Measurement of the heats of solution on the right-hand
sides of equations 1 and 2 in reverse order was tried as a
means of conserving the supply of taranakite crystals. This
procedure would not require additions of the taranakites in
stoichiometric quantities to keep the ion concentrations in
order. When ammonium taranakite was added to a solu-
tion containing K+ and S04 ions, however, dissolution
was negligible; it was necessary to measure the heat of
solution of ammonium taranakite first and then to add the
sulfuric acid solution and KZS04. Potassium taranakite,
to less extent, exhibited the same behavior. The phenom-
enon is attributable perhaps to precipitation of amorphous
aluminum phosphate on the surface of taranakite particles
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Tabte V

Heats of Solution in Hydrochloric Acid Solution (4 m, 850 M 1))

1612 E. P. Egan,
No. of
Solute detns. Wt., g.
H2(1) 6 4.9 to 8.8
KHZ2 04c) 6 15 to 25
A1AS043-6HD (c) 5 16 to 21
HZS04-3.411HD 4 8.6 to 8.8
6 9.3 t0 9.7
K2504c) 4 4.8 t05.0
5 8.4 to 8.8
(NH42504¢) 5 3.0 t0 6.0
K-taranakite(c) 5 14 to 15
NH4taranakite(c) 5 15.2 to 16.6
Tabte VI

Enthalpy Increments, Aff]»»™ Cal. Mole-1

Substance Affla» Substance AH]250
P (white) 86.04“  HO(I) 89.5Hf
Al 87.776  KisO.fc) 469.4®
K 105.77¢  H2S043.411H20(soln.) 1066.3h
S(Rh) 81.71d  Al2(S043*6R20(c) 1806.7
N2(g) 104.44” KHZP04o 429.28'

(NH42S04(c) 679.75s

020) 105.47  HHCAIXP09,-18HD (o) 5432.8

H2g) 103.60* HHNH.)1A1.(P04,-18H20(c)  5824.0

“T. G. Maple and C. C. Stephenson, Thesis, Mass. Inst.
Tech., 1949. bW. F. Giauque and P. F. Meads, J. Am.
Chem. Soc., 63, 1897 (1941). cF. Simon and W. Zeidler,
Z. physik. Chem., 123, 383 (1926). dE. D. Eastman and
W. C. McGavock, J. Am. Chem. Soc., 59, 145 (1937).
*National Bureau of Standards, “ Selected Values of Chemi-
cal Thermodynamic Properties,” Vol. I, Series 111 (Loose
Leaf), LT. S. Govt. Printing Office, Washington, D. C.,
March 31, 1947. f N. S. Osborne, H. F. Stimson and D. C.
Ginnings, J. Research Natl. Bur. Standards, 23, 197 (1939).
0G. E. Moore and K. K. Kelley, J. Am. Chem. Soc., 64,
2949(1942). hLandolt-Bornstein, “ Physikalisch-chemische
Tabellen,” Supplement 3, 5th ed., Julius Springer, Berlin,
1936, p. 2283. ' C. H. Shomate, J. Am. Chem. Soc., 67,
765 (1945). *C. C. Stephenson and J. G. Hooley, ibid.,
66, 1397 (1944). * C. H. Shomate, ibid., 67, 1096 (1945).

Tabte VII
Heats of Formation, Kcal. Mole-!
Substance AHf°, 25° AH/Q 40°

K2504c) -342.67" -342.70
KHZP04c) -374.9" -374.98
H2(1) -68.317" -68.384
A1AS04)3-6HD (c) —1268.156 -1268.33
H2504-3.411HD;s0ln.) -206.13" -205.99
(NH4ZS04c) -281.86° -281.99
“ Ref. 6. 6Ref. 5.

when added to a solution already containing K + and S04- -
ions.

Solubility Product Constant.—The heats of formation and
entropies at 25° required in the calculation of solubility

Preliminary addn. to solvent Heat of solution,

(in stoichiometric amt.) cal. mole-1
None -67.98 db 1.12
H,0 6746 + 18
hd,kh?o04 -27,332 = 94
K-taranakite -3252 + 11
NEL-taranakite -3242 = 7
K-taranakite, H2S04-3.411HD 9799 + 19
NH4taranakite, H2S04-3.411HD 9752 + 5
HD, KHZ2P 04 Al1JS0456HD 6343 + 34
None 12,115 + 35
None 8898 + 44

product constant? are listed in Table VIII.
these values in the equations

H6K3A1I6P04818HD (¢) + aqg = H&K3AIGPO4A1I8HD-
(agq) = 6H+aq) + 3K+(aq) + 5AP+(aq) + 8P043-(aq) +

Substitution of

18HD(1) (3)
HENH43AI5(P04),-18HD(c) + ag = HENH43AIFP 048
18HXD(aq) = 6H+(ag) + 3NH4+(aq) + 5AI3+(aq) +
8P043-(aq) + 18HAD(1) (4)

yielded, for potassium taranakite, AiT(aq —c) = 31,140 cal.
mole-1and A5(ag — ¢) = —751.65e.u.—for ammonium ta-
ranakite, Aff(aq —c) = 27,321 cal. mole-1 and AS(aq —¢c)
= —748.49 e.u. Substitution of these values in the relations

AF(aq —c) = Aff(ag —c) — TAiIS(aq — ¢)
AF(ag —c¢) = —RT InK,v
pK = -log K,p

gave pK — 187.1 for potassium taranakite and pK =
for ammonium taranakite at 25°.

183.7

Tabte VIII

Heats of Formation and Entropies at 25° for Calcula-

tion of Solubility Product Constants”

Substance ALT7/° s°
HGNH4)3A1§P 04s-18HA (c) —4432.5 339.9
HsKsAIMPOiis-ISHoOfc) —4523.2 335.6
H+(aq) 0 0
K+(aq) -60.04 24.5
NH4+(aq) -31.74 26.97
AP+(aq) -125.4 -74.9
P04s-(aq) -306.9 -52
H2D(1) -68.317 16.72

“ All values except those for taranakites from ref. 6.

These values may be compared with pK = 178.7 for potas-
sium taranakite and pK = 175.4 for ammonium taranakite
as calculated from direct solubility measurements.2 The
differences are not great for complex compounds of low
solubility and may be accounted for, in part, by uncertain-
ties in some of the heats of formation and entropies used
here or in some of the ion activities used in the direct solu-
bility calculations. The difference between the constants
for the two salts is the same by both methods of calculation.
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SOLUBILITIES OF POTASSIUM AND AMMONIUM TARANAKITES

By A. W. Taylor and E. L. Gurney

Division of Chemical Development, Tennessee Valley Authority, Wilson Dam, Alabama
Received May 6, 1961

The solubility products of potassium taranakite, H&K3AI5(P04/18H D, and ammonium taranakite, HSCNH.hADPCbV
18HD, were calculated from the compositions of solutions in equilibrium with synthetic preparations of the minerals.
Owing to the presence of complex ions, the respective pK Bvalues, 178.7 and 175.5, must be regarded as apparent rather than

true thermodynamic values.

In solutions where the aluminum phosphate ion activity product, uailbo« exceeded 1 X 10-20,

both compounds dissolved incongruently to form amorphous aluminum phosphate which prevented the solutions from
reaching equilibrium with the taranakites in less than 200 days.

Occurrences of the taranakites as natural alumi-
num phosphate minerals were discussed by Bannis-
ter and Hutchinson.l Laboratory preparations
of the potassium form were described by Hase-
man, Lehr and Smith2, its X-ray properties were
reported by Smith and Brown,3who assigned it the
formula H&K A 16(P04)8 18HA on the basis of den-
sity, unit-cell content and chemical analysis.

The potassium mineral and its ammonium ana-
log, HENH43AIXP04)818HAD, have been found
among the compounds formed when soils are acted
upon by the concentrated acidic phosphate solu-
tions resulting from the dissolution of some phos-
phate fertilizers.4 Information on the solubility
of the taranakites thus is important in relation
to the efficiency of such fertilizers.

Measurements of apparent solubility products
of the potassium and ammonium taranakites by
equilibrium methods are presented here, together
with information about the range of solution com-
position over which the taranakites dissolve con-
gruently. Cryogenic measurements are reported
in a companion paper.5

Measurements. Methods.—To prepare potassium tara-
nakite, a solution of 21.6 g. of aluminum in 870 ml. of
53.5% phosphoric acid was filtered and diluted to 2 1
The pH was adjusted to 3.4 with 10% potassium hydroxide
solution. The resulting slurry, diluted to 3.5 1., was di-
gested at 50° for 24 hours in a polyethjdene bottle to yield
crystals of taranakite. The product was filtered, washed 10
times, and vacuum-dried over calcium chloride at room
temperature. It consisted of 40 p lamellar aggregates of
hexagonal platelets with the optical properties reported for
potassium taranakite.12 It contained 8.6% K, 9.6% Al and
56.6% P04

Ammonium taranakite was made the same way, except
that the partial neutralization was made with 28% am-
monium hydroxide to pH 4.0. The product consisted of
50 u hexagonal aggregates of well-formed uniaxial (—)-
crystals with N,, = 1.520 and N, = 1.513. It contained
4.1% NH4, 10.5% Al and 59.6% P04

Two-gram portions of the taranakites were equilibrated in
16-0z. polyethylene bottles with 500-ml. charges of dilute
solutions of aluminum chloride and potassium phosphate or
potassium chloride. The initial pH of the solutions was
adjusted with HCI. The bottles were rotated end over end
in a water-bath at 25 + 0.05°. Aliquots of clear solution
were withdrawn for analysis at irregular intervals and
(about twice as often) pH's were measured with a Beckman
Model G meter, which was standardized against 0.05 N
potassium acid phthalate buffer at pH 4.00. Potassium ion

(1) F. A. Banniater and G. E. Hutchinson, Mineral Mag., 28, 31
(1947).

(2) J. F. Haseman, J. R. Lehr and J. P. Smith, Soil Sci. Soc. Am.
Proc. (1950), 15, 76 (1951).

(3) J. P. Smith and W. E. Brown, Am. Mineralogist, 44, 138 (1959).

(4) W. L. Lindsay and A. W. Taylor, Proc. 7th International Congress
Soil Sci., 1960 (in press).

(5) E. P. Egan, Jr., Z. T. Wakefield and B. B. Luff, 3. Phys. Chem
65, 1609 (1961).

concentrations were measured by flame photometry, am-
monium by a miero-Kjeldahl procedure, and phosphate by
spectrophotometry based upon molybdenum blue. Alu

minum was determined either by a fluorimetric estimation of
the 8-quinolinolate complex iD a chloroform extract or by a
direct spectrophotometric estimation of the same complex.
The compositions of most of the solutions became constant
after about 60 days. The solid phases were examined
petrographically at regular intervals.

Results.—Final compositions of the solutions equili-
brated with potassium taranakite, each based on the mean
value of at least three analyses, are given in Table I.

When the activity of water is assumed to be
unity, the solubility product of potassium tarana-
kite, 1i6K3A1XP (34881120, may be defined by the
expression

pk . p= 6pH + 3pK + 5pAl + 8pP04 (1)

where pK, pAl and pP04 represent the negative
logarithms of the activities of the respective ionic
species. In acid solutions, where the P048- con-
centration is very low, pKep is conveniently ex-
pressed in terms of the H2P 04 _ion activity

pk.p= 3pK -1 5pAl + 8pHZP04- I0pH + C (2)

where ¢ = 8p(/v2i3, X2and K 3 being the second
and third dissociation constants of phosphoric acid.
At 25°, ¢ = 156.2.
Equation 2 may be rearranged in the form
pk.p= 3pKHZP 04+ 5pAIP04+ C (3)

where pKH2 04 = pK + pH2P0 4 (representing the
activity of potassium dihydrogen phosphate) and
pAIP04 = pAl + pHZPCHA — 2pH (a simple func-
tion of the activity of aluminum phosphate, AIPO4.
To calculate the ion product for taranakite in
any solution, the true concentrations of H2P04
and AIl3+ must be derived. When the activity coef-
ficient for an ionic species of valency z in a solution
of ionic strength 1 less than 0.1 is represented by
the Giintelberg approximation to the Debye-
Hiickel expression
-log/i = 052V I/(1 + V) 4)
which iscequivalent to assuming a common value
of 3.04 A. for “the distance of closest approach”
of all the ions,6 the ratio of the concentrations of
H3P04 and HZ2P04~ may be calculated from the
equation
log [(HPOH/(HPO04)] = pH - . +
0.5VI/IG + VD (5

where pK i is the first dissociation constant of phos-
phoric acid, 7.52 X 10~3at 25°.

The concentration of Al3+ may be calculated
from the equation

(6) R. A. Robinson and R. K. Stokes, "Electrolytic Solutions,”

Academic Press, New York, N, Y., 1955, p. 229.
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Tabie |
Solutions Equilibrated with Potassium Taranakite at 25°
Gonen., mmoles/I. lonic
No. pH K Al P cl strength pKILPOI pAiPOe pAsp
1 1.88 10.4 3.3 10.7 23.0 0.039 451 1.91 179.26
2 2.16 5.5 1.6 6.2 11.0 .020 4.85 1.56 178.54
3 2.22 3.8 1.9 4.8 8.0 .018 5.08 1.43 178.61
4 2.17 3.9 2.9 4.8 1.5 .027 5.12 1.47 178.88
5 2.97 1.2 1.0 1.0 4.0 .008 0.06 0.53 177.00
6 1.93 6.1 4.5 11.0 20.0 .040 4.70 1.64 178.52
7 2.04 22.0 3.2 5.1 50.0 .055 4.44 1.96 179.29
8 3.82 20.1 0.06 0.15 20.0 .020 5.65 1.05 178.42
9 2.14 2.7 3.8 6.6 30.0 .038 5.16 1.39 178.68
10 2.02 3.1 5.6 8.3 33.0 .049 5.08 1.51 178.98
11 2.02 3.5 4.3 8.0 30.0 .042 5.03 1.58 179.22
12 2.06 3.7 4.1 8.0 30.0 .041 4.98 1.50 178.65
13 2.82 1.4 0.36 1.6 3.0 .005 5.79 1.01 178.63
14 2.73 1.5 0.37 1.9 3.0 .006 5.70 1.13 178.94
15 2.73 15 0.43 1.85 3.0 .006 5.71 1.08 178.77
16 2.69 1.6 3.3 1.93 12.0 .023 5.74 0.58 176.3P
17 1.97 28.8 0.6 26.0 20.0 .037 3.63 2.02 177.17
18 2.17 8.6 1.8 5.5 20.0 .027 471 1.61 178.426
19 2.80 3.0 2.3 2.1 5.0 .016 5.39 0.35 174 126
» pAIPOI = pAl + pHZ204- 2pH. blnitially supersaturated.

Fig._ 1.—Solubility isotherm for potassium taraimkife,
HsKsAGPOfiVISITO: line corresponds to pKsp = 178.7.

log [(AI3+)/(AL0H+i)] = pKh- pH +

25 Vi/(l + Vi) ()

where K h is the hydrolysis constant of the aluminum
ion, 1 X 10”sat 25°. Because the ionic strength
of the solution depends upon the amounts of alu-
minum and phosphate ions, the correct values for
these concentrations must be found by successive
approximations before the activities of the ions are
calculated on the basis of activity coefficients given
by equation 4. Values of pK sp, pKHZ2 04and pAl-
P04 (equation 3), as calculated on an IBM 6.10
computer, are given in Table I.

In a plot of the compositions of the solutions
(Fig- 1), the scales of pKH2P04 (ordinate) and
pAIP04 (abscissa) are so arranged that the activi-

ties of the salts increase in directions away from the
origin.  On this diagram, the taranakite solubility
product is represented by a straight line of slope
-5/3.

With due allowance for experimental error (dis-
cussed below), most of the experimental points lie
close to the line corresponding to pKsp = 178.7 +
0.5. The exceptions lie in the region where pAIP04
is less than 0.5, which corresponds to an aluminum
phosphate ion product, caiopQ, greater than 1 X
10-20. The rate of change of composition of these
solutions was also significantly different from the
rest. All the solutions whose final compositions
fell close to the isotherm Mere equilibrated within
40 to 60 days, whereas the approach to equilibrium
was slow and irregular in the solutions with the
higher aluminum phosphate activities. The differ-
ence between solutions 18 and 19 (Table 1), both of
which were initially supersaturated with respect to
taranakite, is particularly noticeable. Aluminum
and phosphate were lost from solution 19 without
loss of potassium, whereas the concentrations of
all three ions decreased in solution 18 and the final
composition ivas close to the isotherm. Solutions
5 and 6, initially undersaturated, shewed slight
increases in p\\ and potassium concentration, but
the release of aluminum and phosphate was less
than would be expected from congruent dissolution
of the taranakite. These observations suggest
that an aluminum phosphate phase other than
taranakite was precipitated from the solutions,
although no other phase was found in petrographic
examination of the solids.

All the solutions were supersaturated wfith re-
spect to the mineral variscite, A1P042HXD, as
indicated by its solubility product of 1 X 10~2
(corresponding to pAl + pH304 —2pR = 248)
as measured by Lindsay, Peech and Clark.7 Three
solutions that had been equilibrated with potas-
sium taranakite for 80 days were seeded with 10

(7) W. L. Lindsay, M, Peech and J. S. Soil Sci. Soc. Am.

Proc., 23, 357 (1959).

Clark,
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Table Il

Solutions Equilibrated with Ammonium Taranakite at 25°

Concn., minoles/I. lonic PNE4
No. pH NIL Al P Cl strength H,P04 pAIPOU pKsp
1 2.00 12.0 5.8 14.6 25.0 0.052 4.26 1.32 175.57
2 2.22 6.5 3.0 8.3 13.0 .028 4.64 1.11 175.66
3 2.30 4.7 3.1 6.8 12.5 .027 4.83 0.98 175.57
4 2.41 4.2 2.4 5.3 10.0 .021 4.94 .87 175.40
5 2.88 1.6 0.3 2.6 3.2 .C08 5.53 .39 174.74
6 2.65 2.3 2.4 3.4 8.4 .C18 5.33 .49 174.62
7 2.04 7.2 6.8 14.4 32.0 .057 4.47 1.19 175.57
8 2.76 2.3 4.4 3.5 13.5 .030 5.32 0.11 172.70
9 2.42 10.3 4.8 9.7 20.0 .042 4.32 49 170.60*
10 2.80 3.3 1.5 1.9 11.0 .015 5.39 .57 175.22
“ joAIP04 = pAl + pH2P 04 — 2pH. blInitially supersaturated.

mg. of crystalline variscite, but no significant change
in composition was observed within a further 200
days. The effect of formation of variscite in any
of the solutions listed in Table | is therefore unlikely
to be significant.

Other less well defined forms of aluminum phos-
phate, however, may have been present. An amor-
phous form of aluminum phosphate readily is
formed as a colloidal precipitate on rapid dilution
of a solution of aluminum in concentrated phos-
phoric acid.8 It apparently can be formed in any
solution in which the value of pAl + pHZ2P04 —
2pH isless than 0.5. Although it is metastable with
respect to variscite, it does not crystallize readily.
Samples stored in the laboratory for several months
showed no evidence of change.

Owing to the small difference between the refrac-
tive index of the amorphous phosphate (1.460 =+
0.01) and that of taranakite, petrographic analysis
may fail to detect the formation of small amounts
of the amorphous material, particularly as a thin
coating on rhe surface of the taranakite crystals
which could impede their approach to equilibrium
with the solution.

Final compositions of the solutions equilibrated
with ammonium taranakite are given in Table I,
together ivith the values of pNH4H2P04 pAIP04
and p K sp calculated as in Table 1. Values of pNH4
H2P 04 are plotted as a function of pAIP04 in
Fig. 2. Most of the points are close to the isotherm
corresponding to pKsi = 1755 + 0.5, but again
those for which pAIPO04is less than 0.5 show super-
saturation with respect to the isotherm. In two
of the suspensions (9 and 10, Table I1), a white col-
loidal precipitate was formed during a 220-day
period. This material could be separated only by
centrifuging; it could not be identified petro-
graphically but appeared to be similar to the col-
loidal aluminum phosphate described above.

Evaluation—The greatest sources of experi-
mental errors are the measurements of pH and
aluminum ion concentration. An error of +0.02
pH unit introduces an uncertainty of + 0.2 unit
in the final vK sp values. Experimental errors in
determinations of the other ions are such that
uncertainties of +0.15 unit are contributed to the
final result by the aluminum and +£0.06 each by the
potassium and phosphate. The total uncertainty
in the final result due to experimental errors is thus
about +0.5 unit.

(8) A. W. Taylor and E. L. Gurney, unpublished TVA data.

Fig. 2.—Solubility isotherm for ammonium taranakite,
HE6(NH4)3AIF?04aT8HD: line corresponds to pKB =
175.5.

The variations in the results shown in Tables |
and Il (excluding those not representing equilib-
rium) lie within this range. The assumptions
made in equations 4 to 6 thus seem to be valid
within the experimental range of ionic strengths.
A plot of the derived pive values against the ionic
strength shows that no simple relationship exists
between the two and that the variations are ran-
dom.

These assumptions are of doubtful applicability
to solutions with higher ion concentrations. Sal-
mon and co-workers9-11 demonstrated an extensive
complex ion formation in acid solutions containing
aluminum and phosphate ions at concentrations
above 0.05 M. Several ionic species may be present,
depending on the solution composition. Mono-
nuclear ionic species such as [AL(HPO043]3- are
present in concentrated solutions with a pH of 1.0
to 1.5 and a P:Al mole ratio of 3.0, whereas less
acid systems ivith lower P:Al ratios may contain
cationic species such as [A1IHPO4]+, [AIHZPCHA]++

(9 R. F. Jameson and J. E. Salmon, J. Chem. Soc., 4013 (1954).

(10) J. E. Salmon and J. G. L. Wall, ibid., 1128 (1958).
(11) J. A. R. Genge and J. E. Salmon, ibid., 1459 (1959).
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and [AHZP042Z]+ The radius of the aluminum
ion is such that these complex ions, which have a
chelate structure, may polymerizell with the pre-
cipitation of large cross-linked structures. The
amorphous aluminum phosphate formed in some
of the taranakite solutions may be of this nature.
According to Bjerrum and Dahm,12 60 to 90%
of the aluminum in solutions similar to those listed
in Tables | and 1l may be present in the form of
12
Festband, G27 (1931).

INTRAMOLECULAR REARRANGEMENTS.1 I1I.

P. Ausioos

N. Bjerrum and C. R. Dahm, Z. physik. Chem., Bodenstein

Vol. 65

complex ions. Their calculations do not appear,
however, to be accurate enough to allow any
trustworthy corrections to be applied in the cal-
culation of the ionic activities.

Under these circumstances, the results reported
here for the solubilities of the taranakites are re-
garded as apparent values of the solubility prod-
ucts, which may differ appreciably from the true
thermodynamic values. Similar qualifications may
be applied to data obtained by similar methods for
any other iron or aluminum phosphate compounds.

PHOTOLYSIS AND

RADIOLYSIS OF 4-METHYL-2-HEXANONE

By P. Ausloos

Division of Physical Chemistry, National Bureau of Standards, Washington, D. C.
Received May 22, 1961

In the photolysis and radiolysis of 4-methyl-2-hexanone, three butene isomers are formed by an intramolecular rearrange-

ment process in which a secondary or primary y-hydrogen is transferred to the carbonyl group.

In the vapor-phase photo-

chemical decomposition, the ratios I-butene/2-butene and m-2-butene/imns-2-butene increase with decrease in wave length

and increase in temperature.

photochemical decomposition of see-butyl acetate.
change in the butene distribution.

agrees closely with the one obtained in the non-sensitized decomposition at the same wave length.

In the liquid-phase photolysis, however, no dependence on wave length was observed,
although the effect of temperature on the butene distribution was very pronounced.
In the transition of the liquid to the solid phase there was a drastic

The butene distribution obtained in the photosensitized decomposition at 2537 A

Similar results were obtained in the

A comparison of the

results obtained in the photolysis with those obtained in the radiolysis in the vapor and liquid phase indicates that in the
latter case the butenes may be formed by way of a highly electronically excited molecule.

Introduction

Earlier photochemical investigations2have shown
that ketones and aldehydes containing one or more
hydrogens in the y-position decompose photo-
chemically into olefins and the corresponding lower
ketones or aldehydes. Indirect evidence has been
obtained recently for the formation of the enol
form of acetone in the photolysis of 2-hexanone.3
This substantiates the suggestion made earlier2
that this rearrangement involves an intermediate
having a six-membered ring.

It has been pointed out before46 that a cor-
relation exists between the photochemical primary
act and the mass spectrometric cracking pattern,
as well as between the photochemical decomposition
and the radiolysis.6 The study of the photode-
composition of compounds that yield more than
one type of olefin may be expected to provide a
better understanding of these primary events.

In the case of 4-methyl-2-hexanone, cis- and
¢rons-2-butene will be formed if a secondary y-
hydrogen is transferred, and 1-butene will be pro-
duced if a primary y-hydrogen is transferred.
Comparison of the butene distributions produced
in the racliolysis with the ones produced in the
photolysis under comparable conditions was ex-

(1) This research was supported in part by a grant from the U. S.
Public Health Service, Department of Health, Education, and Welfare,
and in part by a grant from the U. S. Atomic Energy Commission.

(2) For a review see: J. N. Pitts, Jr,, J. Chem. Educ., 34, 112
(1957).

(3) R. Srinivasan, J. Am. Chem. Soc., 81, 5061 (1959).

(4) A. J. C. Nicholson, Trans. Faraday Soc., 60, 1067 (1954).

(5) P. P. Manning, J. Am. Chem. Soc., 79, 5151 (1957).

(6) P. Ausloos and J. Paulson, ibid., 80, 5117 (1958).

pected to provide information about the importance
of neutral-molecule decompositions in radiolysis.

Experimental

A flat,, spiral, low-pressure mercury arc and a Corning
filter 7-54 was used in the photo-sensitized experiments.
The experiments at short wave length (1900 A.) were done
with a Hanovia hydrogen-discharge lamp with the front
window in contact with the quartz window of the reaction
cell. An experiment in which a Corning filter 7-54 was
placed between the lamp and the cell, indicated that at low
partial pressures of ketone (0.7 cm. mercury) absorption at
wave lengths greater than 2100 A. was negligible. All
other photochemical experiments were performed with a
medium-pressure Hanovia S 100 lamp in conjunction with a
grating monochromator.

The quartz cell for gases was 10 cm. in length and 5 cm.
in diameter. The latter was provided with two outlets,
one of which was sealed after filling, while the other was
closed with a break seal. The cell was immersed in a
Pyrex Dewar having double quartz windows. A water-
bath was used for experiments at constant temperatures
above 0°, and one having isopentane as the refrigerant was
used for temperatures below 0°.

The KBS 2000 Curie Cobalt 60 source was used in the
radiolysis experiments. The vapor phase was irradiated
in a Pyrex vessel (14.5 cm. in length, 4.7 cm. in diameter).
The liquid-phase cells were made of Pyrex tubing (10 cm. in
length, 0.3 cm. i.d.) provided with a break seal. No
attempt has been made to determine G-values.

The butenes were analyzed with a gas chromatograph.
A Perkin-Elmer column “L” was used at 0°.

4-Methyl-2-hexanone was prepared by Merck and
Company and had a purity better than 99.5 mole %.
Conversions were kept below 2% in the vapor-phase experi-
ments and below 0.05% in the liquid-phase runs.

Results
Vapor Phase.—-Besides the butenes given in
Table I, the volatile products include CO, Cll4and
C216 At 3130 A. and 44° the CO yield is less
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than 2% of the total butene yield and at 150° it
increases to 10%. The vyields of CO were con-
siderably higher in the short wave length (ca.
1900 A.) photolysis and in the radiolysis. Under
these conditions additional products, such as H2
CH4 CH6 and C3HS8 are also produced. The
CH4and C3Hfiyields in the radiolysis experiment
were 5 and 15%, respectively, of the butene yield.
Addition of oxygen reduced the H2 CZH6and C3H8
yields to negligible amounts in both the short wave
length photolysis and in the radiolysis, whereas
those of the olefins were unaffected. Similar
observations have been made in the photolysis of
2-pentanone? at short wave lengths.

The acetone yield was measured occasionally
and was always equal to the total butene yield,
to within 10%, in both photolysis and radiolysis
experiments.

The experimental results given in Table | can
be summarized as follows.

Table |

Vapor Phase
-Butene distributing

Wave Pros- 1 trans-2-  cis-2- cis/
length, Temp., sure, Butene, Butene, Butene, trans,

A. °c. cm. % % % 70
3130 44 0.7 9.7 08.5 21.8 0.318
3130* 44 0.7 9.0 08.8 21.8 .318
3130 84 5.0 11 07.1 21.9 .327
3130 150 0.7 13.0 04.3 22.7 .353
3130 150 .6 13.0 64.0 23.0 .359
3130 258 7 14.7 61.9 23.4 .379
2537 44 7 21.3 55.2 23.5 .404
2537t 44 7 18.0 57.7 24.3 420
2537i 150 7 19.0 55.3 25.7 404
ca. 000" 44 7 25.3 50.0 24.7 493
ca. 1900 44 7 28.5 48.0 23.5 492
Radiolysis'l 44 7 35.9 39.6 24.5 .620
Radiolysis 44 7 31.2 44.0 24.8 .564

00.25 cmeoxygen added.. @3lg photosensitized.

() At 3130 A. oxygen has no effect on the
butene distribution, while minor changes occur in
the short wave length photolysis and radiolysis.8

(2 An increase in temperature and decrease
in wave length leads to an increase in the ratios
I-butene/2-butene and cfs-2-butene/frans-2-butene.

(3 The butene distribution obtained in the
mercury sensitised decomposition is in good agree-
ment with the one obtained in the non-sensitized
photolysis at the same wave length.

(4) The butene distribution obtained in the
radiolysis is comparable to the one obtained in the
photochemical decomposition at ca. 1900 A.

Liguid Phase.—Because of the experimental
problems involved, no photolysis experiments were
performed at wave lengths shorter than 2300 A.

In the liquid-phase photolysis, butenes and ace-
tone accounted for more than 95% of the products.

The total butene quantum yield w'ss independent
of temperature in the range —140 to +73°. Sol-
vents had no effects on the quantum yield.

(7) P. Ausloo8 and E. Murad, J. Am. Chem. Soc., 80, 5929 (1958).

(8) The fact that oxygen inhibits the addition of 11 atoms to butene
may explain the variations in the butene distribution caused by oxy-

gen. Positioning of the hydrogen discharge lamp with respect to the
cell has also some effect on the butene distribution.
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The results given in Table Il can be sum-

marized as follows.

Table Il

Liquid Phase
e Distribution of butenes------ »

Wave Solvent 1- trans-2- cis-2- cis/
length, Temp., 80 mole Butene, Butene, Butene, trans,
A. °C. % % % % %

3130 73 Ethanol 8.6 66.9 245 0.366
3130 28 Ethanol 5.8 70.8 234 .330
3130 0 Ethanol 46 732 222 .303
3130 - 77 Ethanol 2.3 79.2 185 .233
3130 -100 Ethanol 2.1 812 16.7 .206
3130 -140 Ethanol 4.3 781 17.6 .225
3130 -195 Ethanol 67.7 17.6 14.7 .835
3130 28 Octane 7.0 69.2 23.8 .342
3130 28 None 7.0 70.0 23.0 .330
3130 44 None 7.6 69.0 23.4 .34
2650 28 None 6.8 69.6 23.6 .339
2537 28 None 7.0 70.0 23.0 .325
2360 28 None 7.7 69.0 233 .337
Radiolysis 28 None 11.9 65.7 224 .342
Radiolysis -80 None 8.0 74.2 17.8 .240

(1) Within experimental error there is no wave
length effect on the butene distribution in the region
2360 to 3130 A.

(2 In agreement with the data for the vapor
phase the ratios I-butene/2-butene and cis-2-
butene/frons-2-butene increase with temperature
from —I00 to +73°. This trend is, however,
reversed at temperatures belcw —100°.

(3) Solvents have no effect on the butene dis-
tribution.

(4 The distribution of the butenes in the liquid-
phase radiolysis is similar to the one obtained in
the photolysis at the same temperature.

Discussion

Photolysis—Vapor Phase.—The observed in-
crease of the ratio I-butene/2-butene with the
energy absorbed by the molecule is consistent with
the difference in bond strength between the primary
and secondary hydrogen. The variations of the
ratios cis-2-butene;ti ans-2-butene are more dif-
ficult to visualize. It may, however, be expected
that the higher the energy content of the dissociat-
ing molecule, the more this ratio will approach the
value of unity corresponding to a selection of struc-
tures based on chance. Very similar trends have
been observed recently in the photolysis of sec-
butyl acetate.9

In accordance with the rule for conversion of the
spin angular momentum, it may be expected that
iu the Hg(3®i)-sensitized decomposition, a triplet
rather than a singlet excited molecule undergoes
dissociation.  Although it cannot be decided from
the results presented in Table | whether a singlet
or triplet state is involved, the close similarity
betw-een the distribution of the butenes in the photo-
sensitized and the non-sensitized decomposition
indicates that the dissociating molecule is in the
same excited state in both cases. Recently Brunet
and NoyesDreported that oxygen does not inhibit

(9) R. Borkowski and P. Ausloos, J. Am. Chem. Soc., 83, 1053
(1961).

(10) V. Brunet and W. A. Noyes, Jr., Bull. soc. chim. France, 121
(1958).
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the intramolecular rearrangement in the case of
2-hexanone, and that consequently the dissociating
excited molecule is in a singlet state. This con-
clusion was based on the assumption that a mole-
cule in the triplet state undergoes a fast reaction
with oxygen. Recent experimentsll carried out
in this Laboratory on the photolysis of 2-pentanone
at 3130 A. did, however, reveal that at sufficiently
high oxygen concentration the yields of ethylene
and acetone are reduced. The latter observation
indicates that a triplet state may very well be re-
sponsible for the intramolecular decomposition of
4-methyl-2-hexanone.

Photolysis—Liquid Phase.—The fact that in
the liquid-phase photolysis the butene distribution
does not depend on the wave length indicates that
collisional deactivation is important and that the
energy level from which the molecule decomposes
is always the same regardless of the initially excited
state of the ketone.

The energy level from which decomposition
occurs does, however, depend on the equilibrium
temperature. There is, indeed, in analogy with
the results for the vapor phase a definite increase
in the ratios I-butene/2-butene and cts-2-butcnc/
frans-2-butene with increase in temperature from
-100 to +73°.

The drastic change of the butene distribution in
the temperature range associated with the forma-
tion of a glassy state has also been observed in the
photolysis of sec-butyl acetate9and can be ascribed
to a hindered rotation about the C-C bonds.

Radiolysis.—The results indicate that there is
some degree of similarity between the products
formed in the vapor-phase radiolysis and the short-
wave length photolysis. The fact that in the radiol-
ysis the ratios I-butene/2-butcne and cis-2-butene/

(11) P. Ausloos and It. Rebbert (to be published).
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irans-2 -butene are both greater than the ones ob-
tained in the photolysis does not preclude the for-
mation of a highly excited molecule. It may be
pointed out that the formation of products such as
H2 C:lls and C3HG with somewhat larger yields
in the radiolysis than in the short wave length
photolysis is in agreement with this viewr.

However, regardless of the excitation of the
ketone molecule in the liquid-phase radiolysis,
one should expect a butene distribution which
does not differ from the one found in the liquid-
phase photolysis. The results of Table Il indi-
cates that the ratios cis-2-butene/irans-2-butenc
and |-butenc-2-butene are very closely the samel2
in the radiolysis and photolysis at 28 and at about
-80°.

The quantitative agreement between the dis-
tributions obtained in the liquid phase radiolysis
and photolysis indicates that the butenes formed
in the radiolysis may originate from electronically
excited molecules, identical to the ones producing
butene in the photochemical process. It is con-
ceivable that direct excitation by secondary elec-
trons as well as neutralization of the positive parent
ion13 may lead to the formation of highly excited
molecules, of which some may undergo collisional
deactivation prior to decomposition.

(12) The somewhat larger yield of 1-butene found in radiolysis as

compared to the photolysis, may be due to the formation of 1-butene
by a sequence of steps such as

ch3 ch3

1 !
CHXOCHXHCHZH3 = CH3O + CILCHCHo0CHSs
CH3

|
CHXHCHZXH3= CH2CHCHXH, + CH3

Except for the rearrangement process no reasonable mechanism can
be written for the formation of 2-butene.

(13) A. H. Samuel and J. L. Magee, J. Chem. Phys., 21, 1080
(1953).

THE COMPOSITION

DISTRIBUTION OF A STYRENE-METHYL METHACRYLATE BLOCK
COPOLYMER1

By Sonja Krause

ii(*search Division, Rohm a?ul Haas Company, Bristol, Pa.
Received May 81, 1961

The validity of an equation which relates the light scattering of copolymers in solution to the composition distributions
in the samples, first derived by Stockmayer,_et at.,2 has been investigated experimentally. This equation indicates that the
intensity of light scattered by a copolymer in solution, after extrapolation to infinite dilution and to zero scattering angle,
depends not only on the weight average molecular weight of the copolymer sample but also on two molecular parameters
connected with the composition distribution of the sample, and that these three parameters can be determined from light
scattering measurements on the copolymer in three solvents of different refractive index. The qualitative validity of the
equation was checked by obtaining the three parameters for a block copolymer of styrene and methyl methacrylate from
light scattering measurements in six different solvents. The parameters calculated from any three of these six measurements
are consistent. To show that these parameters are also quantitatively correct, the copolymer was fractionated and the three
parameters calculated from the measured molecular weights and compositions of the fractions. Within experimental error,
the three parameters are the same when determined by either method.

(1) Presented at the meeting of the Am. Chem. Soc., New York, Introduction
N. Y., Sept., 1960. T 1 s 7 r .
(2) W. H. Stockmayer, L. D. Moore, Jr., M. Fixman and B. N. LlctS DCCil KIIOW 11 IOP SOIT16 1)11116 tliclt ])]JﬁWGlg.ilt

Bostein, j. polymer sd., 16,517 (1955). average molecular weight of a copolymer cannot, in
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general, be obtained from light scattering measure-
ments using the analysis and equations applicable
to homopolymer solutions. In 1952, Tremblay,
Rinfret and Rivest,3in a discussion of some light
scattering data of a butadiene-styrene copolymer,
noted that the intensity of light scattered by a
copolymer in dilute solution depends not only on the
weight average molecular weight of the copolymer,
but also on the variations in composition between
its constituent polymer chains. Soon thereafter,
Stockmayer and co-workers2 derived an equation
which showed how the intensity of light scattered
by a copolymer solution, after extrapolation to
infinite dilution and zero scattering angle, should
vary with the composition4 distribution of the
copolymer sample. They assumed, for the purpose
of their calculation, that the refractive index incre-
ment of a copolymer in a solvent varied linearly
with the composition of the copolymer. In the
present work, the validity both of this assumption
and of the final equation, eqg. 2, has been investi-
gated. It has been demonstrated that these simple
equations, which will be discussed below, quantita-
tively describe the refractive index increments and
light scattering behavior of a block copolymer of
styrene and methyl methacrylate in solution in
six different solvents.

Since this work was started, Bushuk and Benoit56
have shown that the light scattering behavior of
several copolymers of styrene and methyl meth-
acrylate in a number of solvents is in qualitative
agreement with the equation of Stockmayer, et ai.

When used for copolymer solutions, the equation
that gives the weight average molecular weight of a
homopolymer from the light scattering data gives
only an apparent molecular weight, m gm

GnLo-(a?)>" IT>

where 19 is the ratio of the intensity of scattered
light measured at angle s and at a fixed distance
from the scattering volume to the intensity of light
incident on the solution, c is the concentration of
the polymer in the solution, (dn/dc)0is the meas-
ured refractive index increment of the copolymer-
solvent system, and k * = 2irzmox/(koi N), Where
no is the refractive index of the solvent for light of
wave length XDin vacuo, N is Avogadro’s number,
and « is a function of ¢ which includes the instru-
ment calibration constant.

For binary copolymers, Stockmayer, et ai.2
have derived the following relationship, assuming
only that the refractive index increment of a co-
polymer chain was proportional to its composition

G ~NA"X-0 = (dc)o Mw+ 2b (di)O{MAx) +

b2{M{AX)2 (2)
where

(3 R. Tremblay, M. Rinfret and R. Rivest, J. Chan. Phys., 20, 523
(1952),

(4) The word “composition,” for the purpose of this paper, will refer
to the average composition of a copolymer molecule. That is, a
block copolymer and a random copolymer molecule of the same average
composition are assumed indistinguishable in this discussion.

(5) W. Bushuk and H. Benoit, Compt. rend., 246, 3167 (1958).

(6) W. Bushuk and H. Benoit, Can. J. Chem., 36, 1616 (1958).
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‘- (£). - (s).
where subscripts A and B refer to the two homo-

polymers corresponding to the copolymer in ques-
tion.

(MAX) = 2u\Mi(AX)i )
(M(AX)2 = ZWiMi(Ax),2 (5)

where w, is the weight fraction of molecules in the
copolymer sample having molecular weight w
and composition X, (composition being given as
volume fraction of monomer A), with (Arc), =
(H — x0). ,Ois the average composition of the
copolymer sample. Bushuk and Benoit6 have de-
rived eg. 2 in another entirely equivalent form.

Since eq. 2 contains three unknowns, m w,
(Max), and (m(ax)2, it should be possible to
determine these quantities for any binary copoly-
mer from light scattering and (dn/dc)o measure-
ments in three different solvents. These measure-
ments provide three different statements of eq. 2
which constitute three linear equations in three
unknowns which are easily solved. One purpose
of the present paper is to demonstrate that, within
experimental error, the same values of the three
unknowns are obtained using any of the possible
combinations of light scattering and (dn/dc)0
data of a copolymer in more than three different
solvents. Another purpose of this paper is to show
that these values of m w, (Mmax), and (m(ax)2
are quantitatively correct. For this purpose, the
copolymer sample was fractionated and these pa-
rameters calculated from the molecular weights
and compositions of the fractions.

Experimental

The styrene-methyl methacrylate block copolymer studied
in this work was the one prepared by Graham and co-
workers7 by addition of methyl methacrylate monomer to
sodium-naphthalene initiated unterminated polystyrene.
This copolymer was chosen specifically because of its method
of preparation. Since the polystyrene portion of the block
should have a fairly narrow molecular weight distribution,
the block copolymer molecules of different final molecular
weight should have different compositions. Therefore, a
fractionation by molecular weight was expected to be a frac-
tionation by composition also, thus making a double frac-
tionation, by composition and by molecular weight, unneces-
sary for this sample.

A 30-g. portion of the copolymer was fractionated from
0.5% solution in butanone using diisopropyl ether as
non-solvent at 30°. Stockmayer, et al.,2 have shown that
this solvent system leads to fractionation of styrene-methyl
methacrylate copolymers primarily by molecular weight
with very little influence by variable composition of the
copolymer molecules. Since it is well known that diiso-
propyl ether forms peroxides very easily in the presence” of
oxygen, a number of special precautions were taken during
the fractionation. The solvent was stored in a refrigerator
and tested for peroxides before each use. The fractionation
flasks were filled with nitrogen while each precipitate was
settling, and the fractions were never heated when they
were dry or almost dry.

Reagent grade butanone was used for the viscosity and
osmotic pressure measurements without further purification.
For light scattering, reagent grade butanone, 1,2-dichloro-
ethane, toluene and o-dichlorobenzene were distilled through
a packed column and center cuts of constant boiling point
were collected. Bromoform and a-chloronaphthalene were
distilled at about 20 mm.; center cuts of constant boiling
point were collected. Refractive indices of the solvents just
before use, at 25° using the sodium-D line, were: butanone,

(7) R. K. Graham, D. L. Dunkelberger and E. S, Cohn, J. Polymer
Sei., 42, 501 (1960).
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0.100 0.150 0.200

dn/dc in butanone.

Fig. 1.—Per cent, styrene from infrared measurements vs.
refractive index increment of the block copolymer fractions.

1.37612 + 0.0i2; 1,2-dichloroethane, 1.44206; toluene,
1.49352; o-diehlorobenzene, 1.54908 +0.04; bromoform,
1.59424; a-chloronaphthalene, 1.62987 (the limits of error
refer to variations between batches). The refractive indices
of the solvents at 436 and 546 m/z were calculated from the
above ny and the known dispersion of each solvent.

Intrinsic viscosities were obtained at 30° using Cannon-
Ubbelohde semimicro viscometers with solvent flow times
above 100 sec. so that no kinetic energy corrections were
necessary. No shear corrections were necepsary because
of the low values of all the intrinsic viscosities obtained.

The osmotic pressure measurements were obtained in the
modified Schulz-Wagncr osmometer, and by the method of
analysis discussed by Fox, Kinsinger and Schuele.8

The refractive index increments for light of 436 and 546
m/z were measured with a Brice-Phoenix differential refrac-
tometer. This instrument could not be used for a-ehloro-
naphthalene, whose refractive index exceeded the range of
the instrument. The refractive index increments of the
unfractionated copolymer in a-chloronaphthalene were ob-
tained as follows. A plot of measured (dra/dc)o vs. no was
made for each wave length; a straight line could be drawn
through each set of points and could be extrapolated to the
refractive index of a-chloronaphthalene to give the (dn/dc)o
at 436 and at 546 m/z.

Light scattering data were obtained at 436 and 546 m/z
on a Brice-Phoenix light scattering photometer at scattering
angles from 30 to 135°. All solvents and polymer stock
solutions were clarified by pressure filtration through sin-
tered glass ultrafine filters. Runs were alwrays made bj'
adding polymer stock solution to solvent in the light scatter-
ing cell; five concentrations were run for each M gp deter-
mination. Light scattering data were extrapolated first, to
zero angle and then to infinite dilution. Instrument cali-
bration factors for the different solvents were obtained as
follows: for butanone and toluene from the 90° scattering
of a 0.5% solution of the Cornell polystyrene light scattering
standard9in the manner discussed by Cohn-Ginsberg, Fox
and Mason,Dand for the other solvents from the zero angle-
infinite dilution extrapolated” scattering of a polymethyl
methacrylate sample whose M, was obtained in butanone
and assumed constant in the other solvents.

The average composition of each fraction was determined
from its (dn/dc)o in butanone, after the (da/dc)0 vs. com-
position curve had been calibrated using compositions deter-
mined from the infrared spectra of selected fractions (Fig. 1).
The monomer ratios in these fractions were obtained from

(8) T. G Fox, J. B. Kinsinger and E. M. Schuele, in preparation for
publication.

(9) P. Doty and R. F. Steiner, J. Chem Phya., 18, 1211 (1950).

(10) E. Cohn-Ginsberg, T. G Fox and H. F. Mason, in preparation
for publication.
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the relative intensities of the two absorption peaks at 5.75
and 14.2 /z, using a calibration curve which was established
using samples with known monomer ratios.

Results

The number average molecular weight of the
unfractionated polymer was 3.16 X 105 and its
intrinsic viscosity in butanone 0.85 dl./g. The
results of the light scattering runs are shown in
Table I.

Table |

Light Scattering Results for the Unfractionated

Block Copolymer

<-------- (dn/dc)0----------  1Mapp X 10 8
Solvent 436 m/x 546 m/x 436 m/x 546 m/x
1 Butanone 0.184 0.178 1.05 1.16
2 1,2-Dichloroethanc 135 126 0.97 1.12
3 Toluene .075 .075 1.11 1.08
4 o-Dichlorobenzene .018 .019 4.28 4.73
5 Bromoform - .025 - .023 6.78 7.90
6 a-Chloronaphthalene - .075 - .053 2.20 2.21

The constant, b, as defined in eq. 3, which is
necessary for the use of eq. 2, was calculated from
the refractive index increments of the corresponding
homopolymers in butanone and in 1,-dichloro-
ethane as shown in Table Il. It can be seen that b
is the same, within experimental error, in these two
solvents; the same value for b was assumed in the
other four solvents.

Table Il
Refractive Index Increments of Polystyrene and
Polymethyl Methacrylate
dn/dc :
Polymethyl 6
Polystyrene methacrylate
436 546 436 546 436 546
Solvent mit mix i mix mii mn
Butanone 0.231 0.218 0.114 0.113 0.117 0.105
1,2-Dichlo-
roethane 0.168 0.155 0.050 0.051 o.118 o0.104

The compositions, intrinsic viscosities and light
scattering data for the fractions in butanone arc
shown in Table I11.

Table 111

D ata for the Fractions of the Block Copolymer in

Butanone

Frac- (dw/dc)o--—-—e  A/app X 10~8 Voi. %
tion % of Mao sty-
no. total (di./g.) 436 mix 546 n¥x 436 miz 546 m/i rene
1 3.4 1.79 0.123 0.119 7.9 8.5 7
2 2.5 1.33 137 132 3.57 4.09 19
3 5.0 1.19 144 139 2.24 2.10 25
4 4.2 1.22 153 148 1.36 1.56 33
5 7.5 1.17 161 154 1.41 1.75 40
G 4.7 1.06 166 158 1.21 1.33 44
7 8.6 1.05 184 176 1.11 1.19 60
S 10.3 1.02 202 190 1.02 1.12 74
9 7.3 0.94 202 193 0.79 0.83 75
10 7.9 .85 205 194 68 72 77
11 5.8 .70 211 200 57 .58 83
12 5.5 .68 203 193 .53 .53 76
13 3.9 56 204 194 420 430 77
14 3.8 47 200 190 380 403 73
15 3.4 456 .208 .198 311 .325 80
16 7.4 395 198 190 272 294 72
17 3.0 Fin = 17,000

94.2% recovered
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Table IV

M olecular Parameters of the Block Copolymer Calculated from Different Data

. Mn
Data used for calculation X 10-=

UFP,° solvents 1-5, 436 m/i
UFP, solvents 1-5, 546 mu
UFP, solvents 1-6, 436 him
UFP, solvents 1-6, 546 mji
Unfractionated polymer 3.16
Fractions, MaPP at 436 miji 3.14
Fractions, M app at 546 mp 3.23

Unfraetionated polymer.

No light scattering data are reported on fraction
17 since this fraction was colored yellow and no
good light scattering data could be obtained. It
was possible, however, to obtain a number average
molecular weight.

The data in Table 111 indicate that the fractiona-
tion of the copolymer was, as expected, a fractiona-
tion mainly by molecular weight; both the in-
trinsic viscosities and the apparent molecular
weights of the fractions in butanone decrease mono-
tonically, within experimental error, from fraction 1
to fraction 16. The fractionation was also by com-
position for fractions 1 through s. Beyond this
fraction, the per cent, styrene in the fractions fluctu-
ates; this indicates that the styrene portion of the
block copolymer was not as monodisperse as ex-
pected. If the styrene had been completely mono-
disperse, the per cent, styrene in the fractions would
have increased monotonically as the molecular
weight decreased. The polydispersity of the
styrene portion of the block copolymer leads to the
suspicion, confirmed by the data in Table V below,
that the fractions had appreciable composition
distributions. In spite of this, the average value
of M gp in butanone for each of fractions 1 through
16 was used as the true molecular weight of the
fraction in calculations.

Table 1V shows the values of the number average
molecular weight, the weight average molecular
weight, (MAx), and (M(Ax)2 as obtained,
first, from the data on the unfractionated block
copolymer in Table I, and second, from the data
on the fractions in Table I1l. The weight average
molecular weight, the (MAx) and the (M-
(Ar)23 values given for the unfractionated polymer
are those obtained as an average of all possible
groups of three of the light scattering solvents.
Values for the data at 436 and at 546 mp were calcu-
lated separately because the precision of the actual
fight scattering measurement is different at these
two wave lengths and because different values of the
constant b enter into eq. 2. The values calculated
with and without the data in a-chloronaphthalene
are shown separately because, as mentioned above,
the (dn/dcyo values for this solvent were extra-
polated, not measured quantities. Since the values
obtained with and without the data in this solvent
are the same within the limits of error given (the
mean deviation), it appears probable that the
extrapolated values for (dn/dcyo in a-chloronaph-
thalene are correct. It is also pleasant to note that
the calculations from the data on the fractions were
not sensitive to the incompleteness of the frac-

1.28
1.37
1.24
1.20

1.23
1.34

Afw (Mil)
X io-» X 10 X 10-»
+ 0.15 -2.34 + 1.08 1.89 + 0.86
+ .03 -2.28 £ 0.24 1.87 = 17
+ 12 -2.16 * .70 1.72 .56
+ .20 -1.68 = 72 1.90 = .49
-2.4 1.4
-2.6 1.5

tionation by composition of the lower molecular
weight fractions.

The calculation of the number average molecular
weight of the sample from data on the fractions
included the number average molecular weight data
on fraction 17. Other calculations from data on
the fractions were made from data on fractions 1
through 16 only. This includes a calculation of
the expected intrinsic viscosity of the unfraction-
ated copolymer in butanone

Mealed = Ell);[7]i —0.92; [€]nessd —0.85

Table V shows fight scattering data on four of
the fractions of the block copolymer in two addi-
tional solvents each. Each of fractions 3, 7, 12
and 16 had the same Mapp, within experimental
error, in another solvent in which its (dn/dc)o
was high, as it did in butanone. This can be used
as an indication that Mw lies near these apparent
molecular weights. The fact that Mgyp in a third
solvent is quite different from its value in the first
two indicates that the fractions have appreciable
composition distribution. This already was sur-
mised above from the fractionation data.

Table V

D ata for Some Fractions in Solvents Other than

Butanone

Frac- J------(dn/dc) o----- ¢ Alapp X 10-«
trl1%r.] Solvent 436 HM 546 mz 436 mu 546 miz
3 1,2-Dichloroethane 0.076 0.075 2.24 1.88
3 Toluene .028 .032 7.3 8.9
7 Toluene .070 .071 1.30 1.20
7 o-Dichlorobenzene .0135 017 11.2 11.6
12 Toluene .092 .091 0.480 0.494
12 o-Dichlorobenzene .021 .024 3.85 3.36
16 Toluene .090 .087 0.297 0.276
16 o-Dichlorobenzene .030 .031 1.68 2.23

The molecular parameters calculated for these
four fractions from the fight scattering data as ob-
served in three different solvents each are given in
Table VI. For some of the fractions, the weight
average molecular weight calculated from data in
the three solvents is not very close to the apparent
molecular weight in butanone, which was used in
the calculations for Table IV. This is probably
because of experimental error; the error in three
different (d?i/dcyo measurements and in three dif-
ferent M gp measurements enters into the calcula-
tions. In order to minimize this error, samples
should probably be run in at least four different
solvents, and the calculations from each set of three
solvents averaged out.
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Tabte VI

M olecular Parameters of Four Fractions Calculated
from Light Scattering D ata

Frac- <M(Az)2 X 10-«
546

tion mvr x 10"6 (MAX) X 10“B
Nno. 436 mu 546 m/i 436 m/i 546 mp 436 mli mp
3 2.96 4.15 -0.43 -20 Negative 17
7 1.15 1.53 -0.79 4.7 1.53 4.6
12 0.69 0.72 -1.92 2.40 1.68 2.45
16 0.368 0.53 -1.26 3.05 1.50 3.35
Discussion

The first thing to be noted is the excellent agree-
ment between the molecular parameters of the
block copolymer as calculated from measurements
on the unfractionated copolymer with those calcu-
lated from data on the fractions. It has therefore
been shown that eq. 2 is adequate to explain the
light scattering behavior in dilute solution (after
extrapolation to zero scattering angle and to infinite
dilution) of a block copolymer of styrene and
methyl methacrylate. It is expected that the same
equation will also explain the light scattering of
block, graft and random binary copolymers con-
taining a variety of monomers. Thus light scatter-
ing data in three or, better, in four or five dif-
ferent solvents can be used to obtain the weight
average molecular weights, and some parameters
related to the composition distribution of such bi-
nary copolymers. The parameters (MAXx) and
(M(Aty2 11 should turn out to be very useful
quantities for discussing the composition distribu-
tion of copolymer samples. The parameter,
(MAXx), is a measure of the drift in the composi-
tion of the copolymer molecules comprising the
sample with molecular weight. This quantity can
be either positive or negative; the sign calculated
for this parameter indicates which monomer pre-

11)
ized forms, {M~x)/Myf and (M(Ax)2 /M w.
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dominates in the higher molecular weight molecules
in the sample. In the case of the block copolymer
of styrene and methyl methacrylate discussed here,
the negative sign of (MAXx) indicates, correctly,
that the highest molecular weight molecules in the
sample contain a larger proportion of methyl meth-
acrylate than the lower molecular weight molecules.
As expected, this quantity was also negative for the
four fractions in Table VI. The quantity (M (Ax))2
is a measure of the width of the composition
distribution of the sample, somewhat weighted
toward high molecular weights. This quantity,
which must be positive, came out negative in the
calculations for fraction 3 using the data at 436 nvx.
As stated above, this probably was caused by the
accumulation of experimental error in the calcula-
tion. Some of the combinations of light scattering
data of the unfractionated copolymer, before
they were averaged for Table IV, also gave some
rather unbelievable results. For example a com-
bination of the light scattering data of the unfrac-
tionated copolymer in o-dichlorobenzene, bromo-
form and a-chloronaphthalene at 546 npi also gives
a negative value for (M(Ax)2. It therefore ap-
pears essential to combine data in more than three
solvents for an unambiguous determination of the
molecular parameters of copolymers.
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These parameters will probably be more useful in their normal- 9ramming our Bendix G-15 computer for all the

light scattering calculations.
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TION OF ACETONE AT 3130 A USING
INFRARED ANALYSIS

By A. D. Osborne, J. N. Pitts, Jr., and
Sandra L. Fowler

Dept, of Chemistry, University of California, Riverside, California

Received April 29, 1961

The photolysis of acetone in the presence of
oxygen has been studied by a number of workers.1-6
Acetyl and methyl radicals produced when acetone

(1) F. B. Marcotte and W. A. Noyes, Jr., Disc. Faraday Soc., 10,
236 (1951).

(2) R. R. Hentz, J. Am. Chem. Soc., 75, 5810 (1953).

(3) Margaret |I. Christie, ibid., 76, 1979 (1954).

(4) J. R. Dunn and K. O. Kutschke, can. J. chem., 36, 421 (1958).

(5) J. Brown, N. T. Mitchell and G. R. Martin, Proc. Chem. Soc.,
115, March, 1960.

(6) W. A. Noyes; Jr.; Festschrift Arthur Stoll (Birkhauser AG.,
Basel) 1057; p. 64i

absorbs light in the near ultraviolet react quickly
and completely with oxygen. The reaction of
oxygen with acetyl radicals occurs before these
radicals can decompose thermally into methyl
radicals and carbon monoxide, even at pressures
of oxygen below 1 mm.

The fate of the resulting peroxyacetyl radicals
is less certain. In the acetaldehyde-oxygen system
large amounts of peracetic acid are formed by
abstraction of hydrogen from the aldehyde.7
In the acetone-oxygen system this does not occur
to any appreciable extent because acetone has no
readily abstractable hydrogen. Other proposed
reactions have been inter-reaction to give diacetyl
peroxides or acetic acid radicals,2 disproportionation
with other radicals to give acetic acid radicalsz

(7) c. A+~ McDowell and L4 ki Sharpies- Can.
(1958) i

Cherny 36; 251
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and decomposition to give a methoxy radical and
carbon dioxide.28

Calvert and Hanst8 reinvestigated the photo-
oxjdation of acetaldehyde at room temperature
using infrared spectrophotometry to determine
products. They found that amounts of acetyl
peroxide formed were below the limits of detection
of their method (less than 0.003 mm./min.). Acetic
acid was produced as well as large amounts of per-
acetic acid.

Hentz2 and Christie3 both reported acetic acid
in the photooxidation products of acetone. Christie
using acetone labelled with Cl4estimated its quan-
tum yield to be at least unity. Her method in-
volved treatment of the reaction products, in the
presence of a large excess of unreacted acetone,
with aqueous barium hydroxide, evaporating to
dryness and igniting the residue at 400°. Quan-
tum yield of acetic acid was based upon measure-
ment of the radioactivity of the resulting gas.
However, recently Brown, et al.,b have shown that
this method is subject to doubt. They were able
to produce similar results with the original labelled
but unphotolyzed acetone. Using a titration
method involving spectrophotometric observation
of an acid-base indicator, they estimated the
guantum yield to be less than 0.0l. The present
investigation was undertaken in an attempt to
resolve some of these anomalies by using infrared
techniques to identify and determine the more re-
active products.

Experimental

Chemicals.—Acetone was Matheson Go. A.C.S. analyzed
reagent and was degassed and used without further puri-
fication. No impurities were detected by gas chroma-
tography. Oxygen was taken from a cylinder and passed
through a column of magnesium perchlorate, then a column
of potassium hydroxide pellets.

The reaction vessel was made of borosilicate glass in the
form of a cross having fused silica windows cemented at the
ends of one arm and rocksalt at the ends of the other. The
volume of the reaction cell was 235 ml. Photolysis experi-
ments were carried out in the beam of a Perkin-Elmer
Model-221 spectrophotometer. For experiments at room
temperature no attempt was made to control the tempera-
ture. For experiments at 120° a small brass furnace was
designed which could be mounted in the beam of the infra-
red instrument. The furnace had fused silica and rocksalt
windows. In this preliminary design, temperature con-
trol was not very good, being = 8° over the whole reaction
vessel.

Light Source.— An Osram HBO-200 high pressure mercury
arc was used. For experiments at room temperature the
light was collimated and filtered through 1 mm. of Pyrex
and 10 mm. of 0.9 M nickel chloride solution. This limited
the wave length of the radiation to 3130 A. and some green
light. The latter was removed from the radiation emerging
from the reaction vessel with a Corning 9863 Red-Purple
Corex filter. Transmittancy measurements for purposes
of actinometry were made with a phototube. Diethyl
ketone was used as an actinometer; ttco was taken at 0.86
at 30°. For experiments at 120° the light was filtered only
through 1 mm. of Pyrex. Acetone was used for actinom-
etry making filters and transmittancy measurements un-
necessary. $co was taken as unity.

Procedures.—The reaction vessel was evacuated on a
high vacuum system and acetone and oxygen admitted to
the required pressures. The cell was transferred to the
infrared instrument and the spectrum recorded. The
mixture was photolysed for the required time and a second
spectrum was obtained. Scale expansion was used to
look for trace amounts of reaction products. It was pos-
sible to observe and measure methanol and formic acid

(8) J. G. Calvert and P. L. Hanst, Can. J. Chem., 37, 1671 (1959)*
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Fig. 1.—Rate of formation of methanol plotted against initial
oxygen pressure.

without scale expansion. The measurement of carbon
dioxide was not attempted because it was not possible to
remove all the atmospheric carbon dioxide from the instru-
ment by flushing with dry nitrogen. In a few check runs
carbon dioxide was separated from the reaction products
by conventional highOvacuum techniques and measured.
d>02at 25° and 3130 A. was 0.55 compared with the value
0.5 obtained by Hentz under somewhat different conditions
(full arc, 48°).2

Calibration.— Calibration curves of optical density against
pressure (at the wave lengths used for analysis) were ob-
tained for methanol, formic acid and acetic acid. Pure
compounds were monitored as vapors into the cell from the
high vacuum apparatus or alternatively introduced quan-
titatively to the cell through a rubber septum. Because
of the small amounts involved they were introduced as a
solution in acetone. The results from the two methods
agreed. Beer's law was essentially obeyed.

Results

Effect of Oxygen Pressure.—A slight dependence
of the rate of formation of methanol on oxygen
pressure was observed. Figure 1 shows a plot of
the rate of formation of this substance with oxygen
pressure. The rate decreased with increasing
pressure of oxygen.

Figure 2 shows a typical infrared spectrum
before and after photolysis. Methanol, formic acid
and acetic acid bands are clearly shown and were in
wave length regions where acetone does not absorb.
No diacetyl peroxide or methyl hydroperoxide were
observed. This is the same result as found by Cal-
vertand Hanst8for theacetaldehyde-oxygen system.
Acetone is a more fortunate system than acetalde-
hyde for the detection of diacetyl peroxide, because
peracetic acid is not formed. Peracetic acid has
strong bands at 8.6 and 11.7sn, which are the
regions used for detecting diacetyl peroxide. No
build up in optical density was observed in either
region. In the acetaldehyde-oxygen system per-
acetic acid had to be “blanked out” by placing
this substance in the reference beam.

From infrared optical density measurements
the following quantum yields were obtained at 30°
for the less volatile products, using a mixture of
42 mm. of acetone and 200 mm. of oxygen: #hcoon
= 0.27, 4chjCooh = 0.02, 4chsCh = 0.21. Using
the same reactant concentrations the following
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quantum yields were obtained by conventional
high vacuum experiments: Fco = 0.10; $co2 =
0.55; 4=h4= 0.03. The latter may be compared
with the quantum yields obtained by Hentz under
somewhat comparable conditions: 4>0 = 0.1,
deca = 0.5.

At 120° no acetic acid was detected (i.e., &> <
0.01) and the yield of formic acid was very low,
dropping from 0.27 at 30° to 0.04 at 120°. Femori
at 120° increased from 0.21 at 30° to 0.32.

Formaldehyde has been mentioned as an im-
portant product by Hentz2 and also by Christie.3
The latter obtained quantum yields greater than
unity for this substance. Formaldehyde was not
observed in the present investigation, since the
infrared absorption bands of acetone preclude
detection of small quantities of this substance,
whose absorption bands occur in the same regions
of the spectrum.

Water was a product and was detected by gas
chromatography, trapped at the column exit and
characterized by mass spectrometry. This pro-
cedure also was carried out to confirm that methanol
and acetic acid were in fact responsible for the in-
frared absorption bands observed. An unsuccess-
ful attempt was made to detect formic acid chroma-
tographically. However, this substance has a
very sharp and characteristic Q-branch absorp-
tion at 9.05" which makes further characterization
unnecessary.

Discussion

The results indicate that peroxyacetyl radicals
under the conditions of our experiments do not
inter-react to form diacetyl peroxide. This is
a finding similar to that of Calvert and Hanst8
for the acetaldehyde-oxygen system. The limits
of detection of the method were such that acetyl
peroxide would have been detected if its quantum

yield had exceeded 0.01. It should be pointed out
that this finding does not preclude the possibility
that acetyl peroxide is formed but is removed
quickly from the system'—e.g., by decomposition
or reaction with radicals—in which case acetyl
peroxide might be present only in a low steady state
concentration corresponding to a quantum yield
less than 0.01.

Shahin and Kutschke9found that methyl hydro-
peroxide decomposed heterogeneously on metal
surfaces to give formaldehyde and water. On the
other hand, Subbaratnam and Calvert810 found
that methyl hydroperoxide and diacetyl peroxide
were both relatively stable in their infrared cell,
in which the only metal was the gold forming the
mirrors. Since our reaction cell was of glass it is
reasonable to assume that these peroxides would
build up above the limits of detection rvere they
formed to any appreciable extent. No methyl
hydroperoxide nor diacetyl peroxide was available
to us so it was not possible to ascertain how
stable these compounds were under our conditions.

The quantum yield of acetic acid was 0.02 at
30° and essentially zero at 120°. Brown, et al,.6
using pressures of acetone from 30 to 130 mm. and
pressures of oxygen from 0.5 to 5 mm., conducted
experiments at 3130 A. and 120°, and estimated
that the quantum yield of total acid was less than
0.01. This is in reasonably good agreement with
the results of our experiments, which showed no
acetic acid and a yield of formic acid of 0.04. It is
evident in any case that the yield of acid is small
at 120°.

In the case of acetic acid this is probably be-
cause most of the CH3COO radicals produced de-

(9) M. Shahin and K. O. Kutschke, J. Phys. Ckem., 65, 189 (1961).

(10) N. R. Subbaratnam and J. G. Calvert, Advanced Papers of

the Symposium, “Chemical Reactions in the Lower and Upper Atmos-
phere,” San Francisco, April, 1961, Pub. Stanford Research Institute.
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compose quickly, particularly at elevated tempera-
tures, to give carbon dioxide and a methyl radical,
only a small fraction abstracting hydrogen to form
acetic acid.

Formic acid is clearly a major product at 30°.
This substance presumably is formed by oxidation
of formaldehyde in a secondary process, probably
on the walls. The low yield of formic acid at 120°
can be explained in three ways: (1) formic acid
disappears from the system in some way at 120°,
(2) formaldehyde is not produced in the photo-
oxidation of acetone at 120° and (3) formaldehyde
is produced but does not oxidize to formic acid at
120°.

Formic acid is a comparatively stable substance
under the experimental conditions which makes
(1) unlikely; (2) can be discounted on the basis of
the findings of previous workersl-4; (3) is a more
likely explanation. Recent work gives supporting
evidence for this.9 Formic acid, while a major
product in the photooxidation of formaldehyde
below 110°, gives rapidly decreasing yields above
this temperature.ll

Hentz2 found that the over-all yield of oxygen
uptake was approximately 1.2 and invariant over
the temperature range from 48-150°. In order to
account for the former he proposed that oxygen
must have beer, regenerated in some way, e.g.

2CHDO- == A~ 2CHD- + 02 (1)
2CHX 0(00)—— > 2CHT00- + 02 )

The quantum yield for carbon dioxide was 0.5 and
invariant with temperature below 150°. This he
explained by assuming that 50% of the CH3CO-
(O0)- and CH3COO- radicals decomposed to give
C02 This also involves the implicit assumption
that the quantum yield of the primary process

CHXOCH3+ hv— CHXO- + CH3  (3)

is unity, and that the rate of decomposition of
CH30(00)- and CH3OO- radicals into C02does
not change with temperature.

This argument gives a quantum yield for oxygen
uptake of 1.25, in agreement with experiment.
The remainder of the CH3C0(00)- and CH3COO-
radicals were assumed to end up as acetic acid and
diacetyl peroxide.

Our failure to find these in significant quantities
in the reaction products at either 25 or 120° implies
either that diacetyl peroxide or CH30(00)-
radicals or both are reacting to form some other
compound not observed or that the quantum yield
of acetyl radicals formed in the primary photo-
chemical step is less than unity.

The photochemical reactions of acetone with
oxygen have been discussed by Noyes,6 who con-
cluded on the basis of quantum yields of products
at 25° that the primary quantum yield in acetone
in the presence of oxygen at this temperature was
less than unity. He also indicated that oxygen
might have a noticeable effect on the primary
guantum yield at 120°.  Our results may be taken
as supporting evidence that this is the case at both
temperatures.

It is interesting that Calvert and Hanst8 found
with the acetaldehyde-oxygen system at 25° that

(11) J. H. Sharp, private communication.
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the product yields varied inversely with oxygen
pressure. This effect was tentatively put down to
deactivation of excited acetaldehyde molecules
by oxygen.
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Recent experiments in short exchange columns2
indicated that the concentration of nitrogen-15 by
the exchange reaction might have certain advan-

N2Og(lig.) + NI (gas) = NAN~Osflig.) + N“ 0(gas)

tages over a previous method which used the ex-
change between NO and a solution of nitric acid.3
The rate of isotopic exchange of NO with N203
is significantly faster than that for the NO-HNO:s
system. This is evidenced by a threefold decrease
in the height of column equivalent to a theoretical
plate (H.E.T.P.) at a comparable flow, measured
in moles of nitrogen per unit time. From this it
was estimated that high enrichments of nitrogen-15
could be expected from considerably shorter col-
umns using liquid nitrogen oxides even though the
enrichment factor, a, of 1.031 for the NO-N20s
exchange is appreciably smaller than 1.055 observed
for the NO-HNOs exchange. The sizes of the
columns and the method of operating them were
predicted from the above data for a tapered cascade
to produce ~ 99% nitrogen-15.2

Although data on the separation factor and the
H.E.T.P. obtained in short columns normally
provide a reasonable basis for estimating cascade
characteristics, the actual operation of a cascade oc-
casionally discloses unforeseen additional prob-
lems. Oftenthe H.E.T.P. is considerably increased
in long columns because of channeling of the
liquid through the packing. In a system composed
of low boiling liquids such as nitrogen oxides,
where the chemical composition of the phases is
markedly temperature dependent, the possibility
remained that the temperature gradient in a long
column might produce pressure and composition
gradients which would adversely affect the over-all
separation.  Further, the calculated separation
in a cascade may not be realized if small losses of en-
riched material occur at the product end of the
system as a result of incomplete chemical reflux.
For example, the maximum rate at which product

(1) This research was supported in part by a grant from the U.S.

Atomic Energy Commission.

(2) E. U. Monse, W. Spindel and T. I. Taylor, J. Chem. Phys., 32,
1557 (1960).

(3 W. Spindel and T. 1. Taylor, ibid., 24, 626 (1956); W. Spindel
and T. I. Taylor, Trans. N. Y. Acad. ScL, 19, 3 (1956); T. I. Taylor
and W. Spindel, “Proceedings International Symposium on Isotope
Separation,” North-Holland Publishing Co., Amsterdam, 1958, p. 158.
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containing 99 atom % nitrogen-15 may be with-
drawn from the NO-N20 3 system is about 0.01%
of the interstage flow in the first exchange column.
While a loss of this magnitude in the product reflux
reaction will have a negligible effect in a short
column, it could considerably decrease the over-all
separation in a cascade. Therefore, in order to
evaluate the feasibility of the NO-N 2 3 system for
producing highly concentrated nitrogen-15, it was
necessary to construct and operate a cascade.
The present paper describes our experiments with
a cascade of two columns which successfully yielded
99.7% nitrogen-15.

Experimental Method

The total length of column required for 99% nitrogen-15
was calculated using the following experimental values2
a = 1.031 at —9° and H.E.T.P. =1.2 cm. for an inter-
stage flow of 20 to 30 mg. atoms of nitrogen per cm.2per
min. The diameters of the two columns were propor-
tioned so as to minimize the time required to approach
steady-state separation and thus reduce the consumption
of chemicals. Since one of the aims of the experiment was
to determine the minimum requirements for a laboratory
unit to prepare useful amounts of a highly enriched nitro-
gen isotope, a minimum diameter of 0.6 cm. was chosen for
the final enriching column.

The first column (1) was 250 cm.long, 2.5 cm.i.d., packed
with stainless steel helices (Helipak No. 3013, Podbielniak,
Inc., Chicago, 111.), and the second column (I1) was 300
cm. long by 0.6 cm. i.d., packed with smaller helices (Heli-
pak No. 3012). Both columns were jacketed and main-
tained at a temperature of —10 to —12° by circulating a
refrigerated coolant. The columns and all the remaining
cooled portions of the system were covered with a layer of
glass-fiber insulation, a layer of aluminum foil, and finally
a layer of polyethylene film which served as a vapor barrier
to prevent the formation of ice on the cooled portions of the
glass apparatus. Gaseous N 02from a tank of liquid ND 4
(Allied Chemical and Dye Corp., Hopewell, Va.) was fed
through a rotameter flowmeter to the upper end of the
column (1) where it was liquefied in a condenser. There it
reacted with an ascending stream of NO to form an equilib-
rium amount of N3 The liquid N2D 3N D4 mixture
passed down column (1) at an interstage flow of about 220
mg. atoms of nitrogen per min. It then entered a product
refluxer (90 cm. long, 4.5 cm. i.d., packed with glass helices),
where it was first vaporized and treated with dilute sulfuric
acid to form HNO3 which then reacted with an as-
cending stream of S02to form NO and HZ504, as described
previously.2

Column (1) was operated for several days until the
concentration of nitrogen-15 at the lower end was 13.9%.
Then, a portion of the enriched oxides of nitrogen was
transferred to a condenser at the top of column (I1) using a
pump with Teflon bellows. The pumping rate was ad-
justed to give an interstage flow of about 6.5 mg. atoms of
nitrogen per minute in column (11), or approximately 3%
of the interstage flow in column (1). At the lower end of
column (11) a product refluxer, similar but smaller than the
one used for column (1), reduced the nitrogen oxides to NO
which then passed up through the column and back to the
lower end of column (1).

Since the equilibrated gas phase at 1 atm. and —10°
contains only about 20 mole per cent. +4 nitrogen as com-
pared to about 60 mole per cent. +4 nitrogen in the liquid
phase,4it was necessary to pump material having the chemi-
cal composition of the liquid phase in column (1) to the upper
end of column (I1). This was accomplished by vaporizing
the liquid completely at the bottom of column (1) in a flash
evaporator, and feeding this vaporized liquid to the inter-
stage pump. The complete cascade was operated con-
tinuously until the concentration of nitrogen-15 at the lower
end of column (I1) was at an approximate steady state, and
then product was withdrawn.

Results and Discussion
At intervals of about 12 hours, samples of the
(4) R, H. Rufcdl and G H. Gheesm&n, J. cham, $oc>, 82G (1932),
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oxides of nitrogen were withdrawn from the lower
end of each column. These were decomposed to
N2 and 02 in an electrical discharge for analysis
with a mass spectrometer. Throughout the run,
the concentration of nitrogen-15 at the lower end
of column (1) was relatively constant at about 10%.
After column (Il) was started, the concentration of
nitrogen-15 reached 50% in 2.25 days, 90% in 5
days, and 99.7% in 12.5 days. Product was then
withdrawn for one day at a rate of 0.3 g./day, and
at a rate of 0.5 g./day for an additional 3.5 days.
During this time, the concentration remained be-
tween 99.4 and 99.7% nitrogen-15. Product was
then withdrawn rapidly until the concentration
was 95% nitrogen-15.
The over-all separation

S = (NN ¥product/(NIFN 14)feed

where the notation (N1&/N 14) refers to the ratio of
the mole fraction of nitrogen-15 to the mole frac-
tion of nitrogen-14, was 2780 for column (II), and
90,700 for the entire cascade. From the relation,
s = an, the number of stages, . calculated for column
(1), was 260, corresponding to an H.E.T.P. of
1.15 cm. The system was not operated sufficiently
long before product was withdrawn from column (1)
to achieve its steady-state concentration, and the
maximum separation for the whole sytem was prob-
ably not achieved.

The value of the H.E.T.P. for column (II) is in
good agreement with previous determinations of
H.E.T.P. in shorter columns of larger diameter.
Thus, it is evident that, although the diameter
of the column was rather small, “wall effects” or
other disturbances such as channeling did not
appreciably affect the H.E.T.P. The total pres-
sure drop in the cascade was about 0.1 atm., and
this had no major influence on the over-all separa-
tion. The reflux reaction for the product end of
the column, though slightly different from the one
used earlier on the NO-HNOs system,3has proven
to be equally satisfactory.

Finally, the present experiments demonstrate
the feasibility of using NO-N23 exchange for
preparing highly concentrated nitrogen-15 on a
laboratory scale and verify previous estimates of
the sizes of columns required. It is interesting to
note that the need to refrigerate the column to a
temperature of approximately —10°, which is a
disadvantage of this system relative to the NO-
HNO3 system for producing large quantities of
nitrogen-15, is not a significant factor for operation
on a laboratory scale. A refrigerator rated at one
horse power provided more than sufficient cooling
capacity to maintain the entire system at the
required low temperature during the summer
months when the temperature in the laboratory
ranged from 27-35°.
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Van Artsdalen2 has used freezing point depres-
sion measurements in molten NaNO3to determine
the stability constants of lead chloride, cadmium
chloride and cadmium bromide complexes. Christie
and Osteryoung8 have made a polarographic
determination of the formation constants for lead
and cadmium chlorides in fused LINO3K N 03 sol-
vent. Moreover, the complex formation constants
for lead chloride, lead bromide, cadmium chloride
and cadmium bromide complexes in fused NaN03
KN 03eutectic have been determined by measuring
the increase in solubility of the slightly soluble
metal chromate as halide was added.% The same
technique has been used to determine complex
formation constants involving lead and cadmium
ions with chloride ion in fused lithium perchlorate
solvent.6 In addition the bromo-complexes of
zinc have been studied by determining the effect
of complex ion formation on the kinetics of the
zinc bromide-bromate reaction in molten Na-
NO3KNO036 In this study the bromo-complexes
of lead and cadmium were studied by following
the em.f. of a concentration cell as a function
of the concentration of the metal ion employed.
This was done at various initial bromide ion
concentrations and several temperatures.

Experimental
ACS reagent grade chemicals were used.
and lead nitrates were dried under vacuum at 100°
stored in a vacuum desiccator.
The e.m.f. measurements were made on a concentration
cell of the type

The cadmium
and

Ag° JAgBr(s)jKBr(m'B-) KBr(mBrl |AgBr(s) 1A9°
[KNOs MISNO:&Z) me)
NaNCL KNOs (A)

NaNOs

where m is the molality of the ions indicated by the sub-
script and M is either lead or cadmium. The cell used for
the measurements has been described in a previous publi-
cation.7 The reference half-cell was a sealing tube with a
fine Pyrex fritted disc, 10 mm. in diameter, partially fused
to reduce diffusion. The silver-silver bromide electrodes
were prepared by dipping equal lengths of #22 gauge
silver wire (99.99+ % pure) into molten AgBr; the elec-
trodes were sealed into 3 mm. Pyrex tubing to position
them.

(1) Contribution No. 968. Work was performed in the Ames
Laboratory of the U. S. Atomic Energy Commission.

(2) E. R. Van Artsdalen, J. Phys. Chem, 60, 172 (1956).

(3) J. Christie anc R. A. Osteryoung, J. Am. Chem. Soc., 82, 1841
(1960) .

(4) F. R. Duke and M. L. Iverson, J. Phys. Chem, 62, 417 (1958).

(5) F. R. Duke and W. W. Lawrence, ibid., 63, 2087 (1959).

(6) F. R. Duke and W. W. Lawrence, J. Am. Chem Soc., 83, 1271
(1961) .

(7) F. R. Duke and Hi M. Garfinkel, J. Phys. Chem, 66, 461
(1001),
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Fig. 1.—Test of the validity of the Nernst limiting law for
cells of type (B) at 201°.

A fused alkali nitrate melt was used as constant tempera-

ture bath. Temperatures were measured with a calibrated
Chromel-Alumel thermocouple with an ice-bath as cold
junction; the temperature was maintained to at least

+1° during a series of measurements. All e.m.f. measure-
ments were made with a Type K Leeds and Northrup
potentiometer.

Results

The applicability of the Nernst equation to the
silver-silver bromide electrode in the nitrate melt

was investigated first. Consider the cell (B)
Ag° iAgBr(s) |KBr(m'Br-) | KBr(]AgBr(s)]Ag®
KNOs IIKNOs (B)
NaNOs NaNOs
where the left-hand half-cell is the reference

electrode. Previously dried KBr was added to
the right-hand compartment and the potential
against the reference electrode was measured. The
results of these measurements at 261° are shown
in Fig. 1, where the e.m.f. of the cell is plotted as a
logarithmic function of the ratio of the bromide
concentrations. The concentration of KBr in
the reference half-cell was 9.32 X 10“2 molal.
From Fig. 1 it is readily seen that the relationship
is linear with a slope of 0.102. That calculated
from the Nernst equation

. 2.30RT
E —U  log m

was 0.106. This also was tried at 299° where the
calculated slope was 0.113 and the experimental
slope was 0.110 and at 325° where the calculated
slope was 0.118 and the experimental slope was
0.117. This good agreement between the theoret-
ical and experimental values indicates that the
solution of potassium bromide in the nitrate melt,
for the concentration range 2 X 10~3to 9 X 10~2
molal, isideal and justifies neglect of the liquid junc-
tion potential.

Now as lead or cadmium nitrate was added to
the right-hand compartment of cell (A) deviations

to'br-
mBr~
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from Nernst behavior Were noted and these were
ascribed to complex ion formation. The procedure
used was to determine the formation constant for
the species MBr+ and then with this value, de-
termine the succeeding constants. Consider the
reaction

M ++ + Br- MBr + @

The total bromide ion concentration can be ex-
pressed as a sum

Tbr = Br- + MBr+ 3)
If Tmee» TB— then
r [MBr+]
1 [BrlT @

where T ++ is total heavy metal ion concentra-
tion. If Ae isdefined as

AE = Edb. - En (5)

where e n is the calculated potential in the absence
of M ++then

105%ir = p - 1T Aif'me ®)

A plot of Bvs. Tm ++ should give a straight line
with intercept of unity and slope of «\. Some
typical data are given in Table | for the lead and
cadmium systems. The correction due to dilution,
although small, was applied and the value of «i
for the monobromo-cadmium complex was cor-
rected since «i was so large. This correction
amounted to about 5%.

Table |

Vartation of the E.m.f. of Cell (A) in the Determina-

tion of Ki for the Lead and Cadmium Systems

A. Lead
TPo++ Tpbt+
X 102 £(v.) 3 X' 102 E(y.) R
0.372 0.0028 1.06 0.139 0.0009 1.02
0.643 0048  1.11 0.538 0033  1.07
1.27 0093  1.22 1.27 0078  1.17
2.00 0141  1.35 1.92 0119  1.27
2.64 0179  1.47 2.74 0165  1.38
3.46 0223 1.61 3.65 0211 151
4.22 .0262 1.75 451 .0251 1.64
5.04 0301  1.91 5.52 0295  1.79
5.86 0339 2.07 6.64 0337  1.95
6.86 0381 2.26 7.54 0371 2.07
7.79 0417 2.44

B. Cadmium
ITed++ 7cd++
X 102 IE(V.) 3 X 102 E(v.) R
0.177 0.0071  1.17 0.308 0.0102 1.23
519 0191 152 0.808 0227  1.58
795 0270 1.80 1.14 0297  1.83
1.07 0338 2.09 1.64 0380 2.16
1.55 0435 258 2.04 0438  2.43
2.02 0509 3.04 2.41 0484  2.66
2.41 0564  3.42
2.86 0621  3.87
3.40 0682  4.42
3.95 0734 4.94
4.34 .0768 5.32
4.93 0814 587
In order to determine the higher constants,
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the metal and bromide ion concentrations were of
the same order. Then one may write

JV = Br- + M X»2-» (7)
nal
and

2V+ = M+++ v, MX»2 (8)

n=1

It is now advantageous to define

_ [MX.2—
“  [MX.-i3=][Br-] ©

Using eq. 7, 8 and 9 and making some simple
algebraic substitutions one derives the equation

A + BKi + CKiK2 + DKiKzK» + ... = 0 (10)
where
, Thr- - (Br")
T c = {A - 2)Br~)2
B = (A —1)Br-) D = (A —3)(Br~)3

The constants «\ and AT were determined
for the lead system. In the cadmium system k%
was also included in solving simultaneously for the
constants. Some typical data are given in Table
Il and the results at various temperatures are
listed in Table I11.

Table Il

D ata for the Determination ofthe Higher Complexing

Constants of Lead and Cadmium

P i = 306° . ; 1= 274°--eme

Trb++ X 1 E{v.) Tca++ X 10* E(y.)
0.581 0.0032 0.126 0.0033
0.986 .0053 .328 .0087
1.51 .0081 .584 .0152
2.12 .0113 .837 .0213
2.64 .0140 1.20 .0295
3.27 .0170 1.61 .0377
4.04 .0210 2.05 .0454
4.62 .0227 2.54 .0532
5.29 .0256 3.04 .0599
6.12 .0291 3.71 .0679
7.58 .0356 4.40 .0751
8.61 .0397 5.23 .0823
9.46 .0427 5.90 .0875

Tabie I

Kn in NaNo3~KNo 3 Eutect

Solvent

Formation Constants,

Complex Kn, molai-1 OIC:. Kna [C
PbBr 18.4+ 0.5 255 18+ 3 250
142+ 4 303 13+ 3 275
11.3+ .3 319 11+ 2 300
PbBr2 6.2+ .6 306 2+ 1 300
CdBr 108 +4 256 20+ 4 250
95.0 + 6.0 274
75.0 £3.7 298 24 + 3 300
CdBr2 51.2 + 4.0 256 5+ 3 250
47.6 £ 9.0 274 5+ 3 300
CdBrs- 10.5+ 3.0 256
2.6 1.0 274

a Values determined by Duke and lverson.4

Discussion

These results show that the mono- and tri-
bromo species in the cadmium system are thermo-
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dynamically by Duke

and I\emnalmmﬁ’e ues for the oorrplex

formation costants are somewhat hi

exhibit a definite In

this these values agree well with
8 although

the results of Christie and Qstegourg
in a different solvert, as to orcker
Itmsbeensrnmthatde\/latlorsfrdnlobal
behavior in reciprocal nolten salt solutions can be
acribed to conplex ion fomation Moreowver
|tseensmat\/\m1aqolledtomeexpennmtal
data the “chemical” and lattice-nodel8 approaches
are hardly distinguishable and any choice between

the two must be a natter of persoral preferance

(S M. Blander, J. Phys. Chem., 63, 1262 (1959).

COMPLEX IONS IN FUSED SALTS.
EFFECT OF SOLVENT CATION1

By H. M. Garfinkel and F. R. Duke

Institute for Atomic Research and Department of Chemistry, lowa State
University, Ames, lowa

Received November 21, 1960
Lantratov and Al in determining the
activities of MC12in solutions containing dhlorides
of dlkali metals found that the negative deviations
from ideality decreased as the size of the solvert
cation decressed Blander and Braunstein3 noted
this sare trend on conparing the results of the
Quesi-lattice theory for ion peir formation in
nolten sodium nitrate and potassiun nitrate.
Gruen and McBethv fourd that Ni(I1) behaved
nore ideally in nolten LiCl than in nolten CsCl;
Eg(hlll)aml II#I;eGobserved theﬁ%a’re trend with
. In present study formation con
stants for Ag+CD and AgCh" were detenired
as a function of the solvent cation concentration
by folloning the dnange in emf. on the addition
of CD, for different nole fractions of KNOJAK),
mixed with NaN03

Experimental
ACS reagent grade chemicals were used in all the de-
terminations. Before use the salts were dried in the oven
at 110° and then stored in a vacuum desiccator.
The e.m.f. measurements were made on a cell of the
type

AgOIAgNOaimAed AgN 03 wilet) IAg®

iNaNOuU CD(wicr) 1
kno3 NaNO03
KNO3

where m is the molality of the ion indicated by the sub-
script. The composition of the solvent was varied for
each series of measurements, and complexing constants
were determined at various mole fractions of K N 031Vk+).
The cell used for the measurements has been described in
a previous publication.6 The electrodes were silver elec-
trodes spot-welded to long lengths of platinum wire and
sealed into 3 mm. Pyrex tubing to position the electrodes.
A fused alkali nitrate melt was used as constant tempera-8

(1) Contribution No. 969. Work was performed in the Ames
Laboratory of the U. S. Atomic Energy Commission.

(2) M. F. Lantratov and A. F. Alabyshev, Zhur. Priklad. Khim
26, 235, 321 (1953); 27, 685 (1954).

(3) M. Blander and J. Braunstein, Ann. N. Y. Acad. Sci.,
(1961).

(4) D. M. Gruen and R. L. McBeth, J. Phys, Chem., 63, 393 (1959).

(5) J. L. Dahl and F. R. Duke, ibid., 62, 1498 (1958).

6) F. R. Duke and H. M. Garfinkel, J. Phys. Chem., 65, 461
(1961).

79, 838
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ture bath and the temperature, which was measured with
a calibrated Chrcmel-Alumel thermocouple, was maintained
toxl°.

Results
The aoplicability of the silversilver nitrate
électrock to solutiors of silhver nitrate in nolten
potassium nitrate,7 sodium nitrate8 and mix-
tures of the twoB9 hes been denonstrated
osly. On the addition of dhlorice to el (A)
any deviatios from ideality were ascrited to
ex ion fomdtion The concentratios of
AgN03and MCI were such that no silver dhlorice
precipitated It hes been showrb that the com
plex formetion corstants can be  determined
wsing the equation
10-A.Efy2.30Kr i + KiTa- + KJUTcr2 (1)
where —£€ is the difference between the Nermst
valle ad the dosened valle of the emf. after
the addition of chloride,  Tci- is the total dilorice
concentration (the exarinet is run such that

Tci- »TA¢*)', ad K, ad K2 are given by
_  [Ag+CD] [AgCfr]
1 [Ag+][CD] A2 [Ag+cD][cD] @

Equation 1 can be rewrtten in nore suitable
form viz.
(10-AEF/2.30RT - 1)/Tcr = 6 = iD + KIWl'cr (3)
For each solvert composition a plot of 6 vs.
Tci- shoud give a straight lire with an inter-
ogpt of Ki and slope of Kik%w.  Sonme typical data

Table |

Typical D ata for the Determination of the Formation
Constants for Ag+CD and AgCI2‘ as a Function of Nk*

at 374°
NK+ = 0,17, Ak+ - 0.36
g = 0126 X 102 Me:- 0120 X 102

Xl -E(v) 9 X i 9

0.476 0.0052 20.6 0.487 0.0064 25.1
1.02 .0113 22.2 1.12 .0145 26.6
1.62 .0176 23.0 1.69 .0215 27.9
2.13 .0227 23.7 2.15 .0269 29.0
2.70 .0284 24.7 2.64 .0323 29.8
3.27 .0340 25.8 3.20 .0386 31.3
3.91 .0397 26.7 3.82 .0449 32.5
4.52 .0450 27.6 4.38 .0504 33.7
5.04 .0494 28.4 4.92 .0555 34.8
5.50 .0532 29.2 5.44 .0603 36.0

AK+ = 0.77- .. -Nk+ = 1.00
Wiag = 0.124 X 10-2 MAJ- 0.120 X 10-2

X G0 9 % e eV ) 9

0.525 0.0105 39.6 0.488 0.0120 49.4
0.824 .0159 40.2 1.02 .0240 52.9
1.27 .0239 42.3 1.57 .0359 57.8
1.66 .0305 44.0 2.08 .0459 61.7
2.03 .0364 45.6 2.59 .0554 66.0
2.44 .0424 46.9 3.11 .0642 69.9
3.02 .0508 49.5 3.69 .0734 74.4
3.54 .0580 51.9 4.29 .0824 79.3
3.96 .0638 54.3 4,93 .0911 84.3
4.48 .0705 57.0 5.44 .0981 89.0

(7) M. Blander, F. F. Blankenship and R. F. Newton, ibid., 63,
1259 (1959).

(8) D. G. Hill, J. Braunstein and M. Blander, ibid., 64, 1038 (1960).

(9) S. N. Flengas and E. Rideal, Proc. Roy. Soc. {London), 233A,
443 (1956).
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Fig. 1.—Plou to show linearity of equation 3 at 374°.

Fig. 2.—Logarithmic dependence of if, in the silver-chloride
system on the concentration of the solvent cation.

are shown in Table I, and Fig. 1 shows the linearity
of the above plots. Table Il shows the variation
of 2vi and % as a function of n « + and these data
are used to show the logarithmic dependence of
ICionV k +ui Fig. 2.

Discussion

The variation in the equilibrium constants for
the formation of Ag+Cl~ and AgCk* as a function
of cation type and concentration may very likely
be ascribed to coulombic effects. ForlanclD

(10) T. Forland, “On the Properties of Some Mixtures of Fused

Salts,”” ONR, Technical Report No. 69, Penna. State U., University
Park, Penna., June, 1956.
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Table Il

Variation of Ki AND Ki WITH Viv-at 374°

ili Ki

0.00 17.7 6.78
17 20.3 7.98
.36 24.2 8.97
A7 28.0 8.93
.57 30.3 8.91
a7 36.9 11.6

1.00 44.9 18.0

has used a simple one—dimensional model based
upon the coulombic stability of ion pairs, and the
manner in which this affects the availability of
either ion in the pair in its possible reactions. For
example in a dilute solution of Ag+ and CI* in a
mixture of NaNO3 and IyNO3 the tendency will
be for the chloride ions to be adjacent to and under
the coulombic influence of the sodium and potassium
ions. When the silver ion closely approaches the
chloride ion of such an ion pair the potential energy,
u, is given by the equation

where ro is the distance between the approaching
Ag+ and the center of the dipole of the ion pair;
Ar is one-half the distance between the centers
of the ions in the ion pair; ~ is Avogadro’s num-
ber; e, the electronic charge; and b the dielectric
constant of the medium. It is then assumed that

AFbo = Va - ub (5)
where ar~o is the standard free energy change ac-
companying the reaction
Ag+ + K+CIl- — ~ Ag+CI* + K+
lon pair

in KNO03 solvent, and AFb° is the corresponding
change in which Ag+ reacts with Na+CI“ in pure
NaNO03; ua and ub arc the potential energies
calculated according to eg. 4 in pure KNO03 and
pure NaNOa respectively. Since

& F* -

AF° = RT InK (G)
one finds that
In R 7/ Artt \
Kn kT LDa Vo2 - (A?a2
Ai-fc
pb CW  (Arb m)] ™

where « is the Boltzmann constant. Unfortunately
the dielectric constants of these molten nitrates
have not been measured. However b may be
estimated by means of the equation first derived

by Bornll for aqueous solutions. Flengas and
AT(Ze)* ( _JN\
-A Fsolv. ot v ) (8)

llidcal7 have shown that eg. 8 should be more
applicable to a melt than an aqueous solution
since the radii of the ions, ru are more accurately
known for the melt than the aqueous solution.
By means of the equation

—Uhecr - (A F s0i.)abCl — (AFsolv.)aeCl (9)

AfiQv can be determined, and using the crystal
radii of Ag+ and Cl- one can show that 2a =

(11) M. Born, Z. Physik, 1, 4 (1920).
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pb = 6. It was found by means of eq. 7 that kx4
x \owas approximately 1.6 and the ratio determined
experimentally was 2.5. A more elegant treatment
than the above is not warranted at this time,
particularly because of the unknown values of
the dielectric constants of the salts. However,
this simplified treatment gives strong indication
that nothing other than coulombic effects need
be considered in explaining the noted differences
between the two pure alkali nitrates as solvents.

AN APPROACH TO GAS MEMBRANE
OSMOMETRY

By Karol J. Mysels and Emanuel Gonick

Departments of Chemistry, University of Southern California, Los
Angeles 7, California, and Phoenix College, Phoenix, Arizona

Received December 22, 1960

It is well recognized that osmometry, that is,
the direct determination of the hydrostatic pres-
sure difference required to equalize the activity
of a solvent in a solution and in the pure state, is
in principle the most sensitive method of measuring
colligative properties. There are, however, many
factors which render osmotic measurements either
difficult or impossible in many cases. The most
important, perhaps, is the difficulty of finding
membranes which are truly semipermeable. The
availability of membranes which are impervious
to large particles accounts for the popularity of the
osmotic method in the field of macromolecules.
For small molecules, however, the best membrane
seems to be the old and cumbersome copper ferro-
cyanide supported by a porous ceramic. This
has been used extensively in the study of sugar
solutions, but is not semipermeable for smaller
particles, especially the common electrolytes.

A membrane which is theoretically the simplest
and is sometimes discussed in elementary texts is
formed by an inert gas held in non-wetted capil-
laries between the solvent and the solution. This
gas-phase gap is permeable to water vapor but is
completely impervious to any non-volatile solute.
The present paper reports experiments showing
that such membranes can be prepared easily and
that they can be used in osmotic measurements.
Auxiliary aspects of osmometry required for high
precision have not yet been perfected, however.
Some theoretical aspects of the method also are
discussed briefly.

The membranes are prepared simply by silicon-
izing a commercially available membrane filter
of high porosity and pores of 1 porless. It should
be noted that a circular pore 1 min radius can pre-
vent the passage of water under a pressure of one
atmosphere provided the advancing contact angle
be 110° or more.

Our method should be compared with the so-
called porous disc method! in which the solvent
is supported by wettea capillaries of a porous disc
and subjected to a negative pressure, the solution
being generally placed in an annulus around the
porous disc and separated therefrom by a glass
partition. The vapors of the two communicate
in an evacuated chamber. Thus, the physical

(1) A. T. Williamson, Proc. Roy, Soc. {London), A195, 97 (1948).

Notes 1631

distance between the two surfaces is relatively
large; while there is little resistance to the trans-
port of vapor from one surface to the other, the
transport of heat between the two surfaces is quite
slow. In our method, on the other hand, the two
surfaces are separated only by the thickness of the
non-wetted Membrane which is 0.15 mm. and could
in principle be further reduced substantially.
Thus thermal contact between the two surfaces
is relatively good. On the other hand, the gas
filling the pores of the membrane reduces the rate
at which molecules of water can pass from one
surface to the other.

The practical criterion of the sensitivity of an
osmometric method is the rate at which solvent is
transported when the pressure differential departs
slightly from the equilibrium one.  In both methods
the driving force for the transport is the difference
in vapor pressure between the two surfaces. This
in turn is determined not only by the imbalance
between the equilibrium osmotic pressure and the
pressure actually exerted but also by the tempera-
ture difference between the two surfaces. This
difference in temperature is intrinsic and not due to
imperfect thermostatting. It stems from the fact
that whenever water distils from one surface onto
another, the first one cools and the second warms up.
Thus, under steady state conditions a flow of water
must be accompanied by a flow of heat in the op-
posite direction. The driving force for the flow
of heat is of course the temperature difference be-
tween the two surfaces. Resistances either to the
mass flow of water vapor or to the flow of heat
between the two surfaces slow down the whole
process. The calculation given below shows the
effect of both types of resistances should be of the
same order in our method. The experimentally
found rate of transport is, however, considerably
higher than the calculated one.

Theoretical

Let us consider a steady state of an isolated
system in which a flux s w (9. cm.-3 sec.-1) of water
occurs from the solvent to the solution. This
must be accompanied by a fluxJq (erg cm.-2 sec.-1)
of heat in the opposite direction. The two are
related by the heat of vaporization X (erg g.-1)

M

The flux of water is proportional to the difference
of vapor density Ap(g. cm.-3) at the two surfaces
since this difference is small.

Jg= -xyw

Jw =

2

Similarly the flux of heat is proportional to the
temperature difference between the two surfaces.
Equations 2 and 3

Jg= —Kq&T ©)

neglect the contribution of thermal diffusion
of water vapor in the mixture of water vapor and
inert gas (air) in the pores and the reciprocal phe-
nomenon of diffusional thermoeffect. This may
be justified by a cursory calculation which shows
that, for a given temperature difference, the partial
pressure difference generated by thermal diffusion is
much less than 1% of the corresponding vapor

-/ wap
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pressure difference and that it must be similarly
negligible for other vapor-gas combinations.

If we assume that equilibrium between liquid
and vapor at its surface is established rapidly,
the density difference of vapor at the two surfaces
is due to the difference » — v between the applied
pressure and the (equilibrium) osmotic pressure,
and to the temperature difference Ar. The
equality of the Gibbs free energies of liquid and its
ideal vapor gives

FidP - SAT = RT dp/v - SAT 4
andsince sv —si = \/7 anddp/p = dp/p
FidP + (\/T)dT = RT dp/» (5)

For the very small changes in T and p involved,
this can be integrated to

F,(P - ® + (\/T)AT = RTAp/p (6)
Combining these equations we obtain

‘1 , P*8 11 pFi(P - «) 7

if, ~ RT1KJ RT ™

which shows that the flux of water is impeded by
both the material resistance 1/Xwand the thermal
resistance 1/k q while the right-hand term repre-
sents the driving force.

The two resistance terms depend on the nature of
the membrane, and ours consists of a cellulose
ester with 80% open space. If wc neglect other
heat paths compared to the thermal conductivity
of the membrane, we can estimate « q to be at
most that of a parallel arrangement of 80% air:
k = 24 X 10serg cm.-1 deg.-1 sec.-1; and 20%
having the conductivity of most plastics: « -
6.5 X 10s. Since the membrane is 1.5 X 10-2
cm. thick, kq = 1.5 X 10-2 [0.8 X 2.4 X 103+
0.2 X 6.5 X 105] = 2.2 X 102ergdeg.-1 sec.-1.

If we assume that the vapor is transported only
by diffusion in the pores and neglect any tortuosity
of these pores, then xkw = 0.8D/1.5 X 10-2.
The diffusion coefficient of water in air, o, is about
0.27 cm.2sec.-1 sothat k w = 14 cm. sec.-1.

Introducing the constants X = 2.5 X 10 erg
g.-1, p = 25 X 10-69. cm.-1, r = 46 X 106
erg g.-1 deg.-1, and v = 300K, the first term in
the brackets of eq. 7 becomes 7 X 10-2 and the
second 4 X 10-2 sec. cm.-1. Thus the two re-
sistance terms are of similar magnitude and neither
can be neglected.

If the pressures are expressed in millibars (« cm.
H2), the flux of water becomes (according to eq.

/w= 55X 10-6 (P -

This can be translated into the rate of motion of a
meniscus in a capillary of 0.3 mm. i.d. for a mem-
brane of 3.4 cm. in diameter (which corresponds
to our apparatus) and yields 0.078 mm./hr. per
millibar difference between the applied and the
osmotic pressure.

In the porous disc osmometer the vapor diffuses
in vacuo SO that 1/k w is negligible and as pointed
out by Williamson,! it is the thermal resistance
which determines the rate of distillation. Since
the thermal conductivity of water (6.3 X 104erg
cm.-1 deg.-1 sec.-1) is only a few times that as-
sumed for our membrane, but the average distance

x) g./hr.
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between the two surfaces is of the order of centi-
meters, it is apparent that the flux should in
principle be higher in our method. On the other
hand, it should be possible to greatly reduce this
distance by judicious physical arrangement and
thus obtain comparable rates of transport by the
porous disc method.

Experimental

Preparation of the Membranes.—The membranes were
prepared from a commercial, hydrophilic membrane filter
“ Millipore” 2 which is a cellulose ester material having an
80% porosity and pores of very uniform size. Its surface is
very smooth and its thickness is 0.15 mm. Type “HA"
whose pores average 0.45 p was generally used, but other
types gave substantially the same results. It was rendered
hydrophobic by contact with the vapor of a commercial
mixture of methylchlorosilanes “Dry Film SC-77.”3 Good
contact was obtained either by depositing the membrane
filter in a desiccator containing some Dry Film for a period
of 3-4 minutes, or by drawing air charged with vapor of
the Dry Film through the membrane placed on a sintered
glass support for a few seconds. The membranes were
then placed under water or in a desiccator over dilute NaOH
to remove traces of HCL1.

A preliminary test for the presence of leaks was made
using a filtering assembly designed for the membrane
filters which is essentially a sintered glass filter with a
removable but tightly fitting top. The membrane was
placed on top of a filter paper impregnated with ferric
chloride and secured by the removable top. A solution of
potassium thiocyanate then was placed on tcp of the mem-
brane and full suction of an aspirator applied for half a
minute. Red spots on the filter paper indicated leaks.
Leaky membranes also gave, of course, zero or very low
osmotic pressure readings in the osmometer.

Membranes generally were treated in groups of 3 to 6
and the proportion of leaky ones varied rather unpredict-
ably from 20-80%. A large fraction of failure generally was
associated with an old and frequently used sample of Dry
Film. Prolonged treatment tended to make the membranes
excessively brittle.

Membranes which were leak-free in the preliminary
test almost always proved satisfactory in the osmometer.
In a few instances membranes which were originally leak-
free would develop leaks in the osmometer after a few days.
Most of them, however, remained leak-free until accidentally
damaged or removed from the osmometer after periods rang-
ing from a couple of days to two or three weeks. Because
of the design of the osmometer, it was not practical to re-
use the same membrane once it had been removed from the
osmometer.

The Osmometer.—We used a slight modification of the
apparatus described by Scatchard, Gee and Weeks.4 The
principal modifications were replacement of the Lucite
collar by one made of Teflon, replacement of the Lucite
plate by a glass plate bearing a short integral glass capillary
which terminated in a ball joint connecting to the remainder
of the system, and the use of a horizontal capillary for ob-
serving the movement of the meniscus. Dodecane was used
as the indicating liquid because of its very low solubility
in water and still reasonable fluidity.

Results and Difficulties.—Our experiments were
conducted mainly with 3 X 10-4 m» KCI1 on the
solution side. The equilibrium osmotic pressure
was therefore 14.8 millibars. In practice it was
very difficult to obtain steady values, and when
these were observed, they differed from the pre-
dicted one by anywhere from insignificantly to
30%. This may be ascribed in part to trivial
problems which are nevertheless difficult to recog-
nize and control, such as those of maintaining a
small but constant pressure over long periods of

(2) Millipore Filter Corp., Bedford, Mass.

(3) General Electric Co., Silicone Products Dept., Waterford, New
York.

(4) G. Scatchard, A. Gee and J. Weeks, J. Phys. Chem., 58, 783
(1954).
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times, of leaks at the joints and stopcocks of an
order of magnitude less than the rate of transport,
of consistent avoidance of contaminations of the
order of 10~5 molar in small volumes of solution
where even the usual C02 content of distilled water
is fatal, or of adiabatic heating and cooling during
pressure change. Other difficulties could be traced
to two more basic problems: One is the flexibility
and hysteresis of the membrane and its somewhat
flexible support by the filter paper. Hence any
change of pressure produces a bulk flow as the
membrane stretches or contracts and this is
followed by further slow motion until a mechanical
equilibrium is reached. The other major difficulty
lies in temperature control. It should be re-
membered that a 10-4° temperature difference
between the two surfaces corresponds to an error
of 8.2 mbar in the osmotic pressure, i.e., over 50% of
our equilibrium value as indicated by eq. 6. It
was hoped that the close proximity and good
thermal contact between the two surfaces would
prevent minor temperature fluctuations or drifts
from influencing our results. We used finally
either an air-bath, whose short range fluctuations
were not visible on a tapped Beckmann thermom-
eter, and long-time drift amounted to a few
thousandths degree or awater-bath whose variations
could not be observed on a tapped Beckmann
thermometer. While these gave better results
than less elaborate thermostatting, they still seemed
insufficient.

The Rate of Transport.—When steady values
were obtained, it was often possible to compute the
rate of transport as a function of the difference
between the applied pressure and the equilibrium
pressure. This was reasonably reproducible and
of the order of 0.8 mm. hr.-1 mbar-1,i.e., about ten
times higher than the rate of transport computed
above. This difference cannot be accounted for
by a heat conductivity greater than assumed.
Even if thermal resistance were zero, the rate de-
termined by diffusion alone becomes only 0.12
mm. hr.-1 mbar.-1. It cannot be due to a reduction
of the apparent thickness of the membrane due to
the curvature of the menisci since this can amount
only to one diameter, which is only 1 m of the thick-
ness. It would also be unlikely that the liquid
should penetrate the membrane for even 50% of its
thickness over most of its area without causing
a leak at some point. Finally, the high rate can-
not be due to a leak because a leak causing a ten-
fold acceleration also would reduce the measured
osmotic pressure to one-tenth of the calculated
one and this was emphatically not the case in our
experiments. Hence an additional vapor phase
transport mechanism, such as convection, which
appears unlikely, or perhaps surface diffusion,
seems to be operating in our membranes.
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ABSORPTION SPECTRA OF OXYGEN AND
NITRIC OXIDE IN SOLUTION

By Joshua Jortner and Uriel Sokolov

Department of Physical Chemistry, The Hebrew University, Jerusalem,
Received February 9, 1961

It has become evident recently that some oxygen
containing liquids in the ultraviolet region are not
inert spectroscopic solvents as was formerly be-
lieved. Spectrophotometric investigations of oxy-
gen solutions in aromaticl and aliphatic hydro-
carbonsl2 as well as in water3 recently were re-
ported. Oxygen dissolved in aromatic solvents
leads to the enhancement of singlet-triplet transi-
tions4-7 superimposed on a continuous absorption,
which was assigned to a charge transfer transition.1

After the present work was completed the in-
tensive study of the interaction of oxygen with
organic solvents was published.8

Our results are in complete agreement with the
conclusions of Tsubomura and Mulliken.

Experimental

Materials and Gases.—Benzene, methanol and ethanol
of Analar grade and acetonitrile of Eastman *“spectro”
grade were used. The alcohols were purified by refluxing
with diphenylhydrazine and magnesium metal and finally
distilled from calcium oxide. The water was triply dis-
tilled. Nitric oxide gas was purified of all traces of nitrogen
dioxide by bubbling through sodium hydroxide solution
and dried by passing over calcium oxide. Nitrogen was
freed from traces of oxygen by passing through a copper-
asbestos column at 400°. Oxygen, nitrogen and hydrogen
were freed from soluble impurities by bubbling the gases
through a trap containing the solvent.

Spectrophotomstric measurements were carried out using
a Beckman DU Spectrophotometer equipped with an IP 21
photomultiplier, and with a Hilger Uvispek Spectrophotom-
eter. One and 10 cm. absorption cells were used. The
absorption cells were equipped with attachments for gas
bubbling and for evacuation on a vacuum line. Optical
densities were measured against air as a reference.

Procedure.—Solutions were prepared by saturating the
liquids for two hours with the appropriate gas at 25°.
The absorption spectra of these solutions were measured in
the following order: (a) air saturated; (b) nitrogen satu-
rated; (c) oxygen saturated; (d) nitrogen or hydrogen
saturated. Nitric oxide solutions were prepared by evacu-
ation of the solvent on a vacuum line through a liquid air
trap, followed by saturation of the solution with the gas.
During the evacuation and the saturation process the solu-
tion was stirred continuously with a magnetic stirrer.
Oxygon solutions containing varying gas concentrations
were prepared by "he same method.

Results and Discussion

Absorption Spectra of Oxygen Solutions.—
Oxygen solutions in methanol and ethanol in the
ultraviolet region gave rise to a continuous absorp-
tion. Similar results were obtained for benzene
and water in agreement with previous work.1-4 A
weak absorption of oxygen in acetonitrile could be
detected only ina 10 cm. cell. The optical absorp-

(1) D. F. Evans, J. Chem. Soc,, 345 (1953).

(2) A. U. Munck and J. F. Scott, Nature, 177, 587 (1956).

3) @ L. J. Heidt and L. E. Ekstrom, J. Am. Chem. Soc., 79,
1260 (1957); (b) L. J. Heidt and A. M. Johnson, ibid., 79, 5587
(1957).

(4) D. F. Evans, J. Chem. Soc., 1351 (1957).

(5) D. F. Evans, ibid., 3885 (1957;.

(6) G. J. Hoijtink, Mol. Phys., 3, 67 (1960).

(7) 3. N. Murrell, ibid., 3, 319 (1960).

(8) H, Tsubomura and R. S. Mulliken, J. Am. Chem. Soc., 82, 5966
(1960).
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300 310 320

X, m/n

Fig. 1- -Absorption spectra of oxygen and nitric oxide solutions at 25°

P, mm. 1037, M X = 10), m/i Optical cell length, cm.
02in methanol 540 7.2 248 1
02in ethanol 630 8.1 251 1
NO in methanol 214 3.3 1
02in acetonitrile 600 <228 10
02in water 670 1.12 215 10
02in benzene 630 7.7 301 1

tion disappeared on removing the dissolved oxygen
by saturation with nitrogen or hydrogen or by evac-
uation.

The contribution of the dissolved oxygen to the
optical absorption was obtained from: ap -
p — bpo, where po is the optical density of the
oxygen-free solution. The apparent molar ab-
sorption coefficient of oxygen at 25° was obtained
from e = apb/c, where c is the concentration of
oxygen calculated from the solubility data.9
These absorption spectra are presented in Fig. 1.
The band maxima could not be determined in the
region under investigation. This difficulty is due
to the overlap of the continuous band with the
absorption of the solvent.

The dependence of Ap on oxygen concentra-
tion was investigated in methanol and ethanol
solutions saturated with oxygen. The partial
pressure of oxygen was varied in the region 50-500
mm. ap was found to vary linearly with the
oxygen pressure.

Absorption Spectrum of NO in Methanol.—An
absorption band of nitric oxide in methanol was
obtained below 260 m”™ (Fig. 1). No optical
absorption of gaseous nitric oxide at a pressure of
1 atm. in a 1 cm. cell in the region 300-220 m/x
was observed. The continuous absorption band
of nitric oxide in methanol was found to be shifted
toward longer wave lengths compared to the oxygen
absorption band. A linear dependence of ap
on NO concentration was observed.

Nature of the Optical Absorption.—The absorp-
tion spectra observed under these conditions are

(9) A. Seidel, “Solubilities of Inorganic and Organic Compounds,"”
D. Van Nostrand Co., New York, N. Y., 1940.

diffusive and no fine structure could be detected.
The molar absorption coefficients for oxygen and
nitric oxide solutions are about 102 higher than the
singlet-triplet transitions of liquid benzene en-
hanced by Os6 and by NO.6 Thus it appears
that these bands are not due to singlet-triplet
transitions of the solvent molecules. The marked
dependence of the absorption band on the solvent
clearly indicates that the absorption is not due to
the forbidden 32~ -«« 2+ transition of the dis-
solved oxygen.

Following previous suggestions!'81011 these con-
tinuous bands are assigned to charge transfer
spectra of oxygen and nitric oxide. The electron
affinity of 02 based on thermochemical data is
of the order of 0.7-1 e.v.,1213 while the electron
affinity of NO is positive.l2 Thus these molecules
may act as electron acceptors in an electron trans-
fer process.l4 A support for this conclusion in
the case of oxygen is obtained by considering the
relation between the energy associated with the
optical process and the ionization potential of the
solvent molecule. As the maxima of these ab-
sorption bands could not be determined, the band
onset energies nvo were chosen. For the solvents
experimentally investigated we chose arbitrarily
e = 10 as the band onset. It is thus assumed that
the vibrational broadening is independent of the
nature of the electron donor. For the iodine
charge transfer complexes the energy difference

(10) D. F. Evans, J. Chem. Phys., 23, 1424 (1955).

(11) R. S. Mulliken, quoted in ref. 3b.

(12) H. O. Pritchard, Chem. Revs., 52, 529 (1953).

(13) M. G. Evans and N. Uri, Trans. Faraday Soc., 45, 217 (1949).
(14) R. S. Mulliken, J. Am. Chem. Soc., 74, 811 (1952).
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u between band maximum and band onset energies
remains constant within 0.2 e.v. In Fig. 2 the
linear plot of nvOagainst the ionization potential
for oxygen solutions is presented over a somewhat
more extended region than was recently given.8
The band onset of acetonitrile is located at X <
228 mu, hvOo> 126 kcal., which is consistent with
the high ionization potential 12.2 e.v.l6 of this
molecule. This linear plot is a straightforward
result of Mulliken’s1416theory.

Considering the quantitative relation between
the charge transfer absorption and ionization
potential, Mulliken’s theory leads to the resultl6:
hvo = 1 - E + w + 23 e+ W - 1
where 1 is the vertical ionization potential of the
electron donor, e is the vertical electron affinity
of oxygen, w the stabilization energy of the ex-
cited state in the nuclear configuration correspond-
ing to the ground state and 3 the resonance
integral.

For extremely weak complexes /2<< / —e +
w and no deviation from linearityl6 should be
expected. The slope obtained from Fig. 2 is 0.65.
This deviation of the slope from unity may be
due to the dependence of w on 111, however, the
data are not accurate enough to establish these
points.

Analysis of Solubility Data of 02—The pro-
nounced temperature effect on AH for the solu-
bility of oxygen in water was explained3 as being
caused by the formation of two distinct species
involving hydrated oxygen. However, a similar
temperature dependence of AH was observed for
the rare gases, nitrogen and hydrogen dissolved
in water.l8 As was shown by Eley this behavior
is due to the temperature effect on the energy and
entropy changes associated with the breaking of
the water structure and the formation of cavities
in this liquid.

From the solubility data of oxygen in meth-
anol,9 ethanol9 and benzenel9 linear plots of log
i3 (/3-Ostwald solubility coefficient) against /7
were obtained over a wide temperature region.
For these solvents, fir variance with the properties
of aqueous solutions AH for the solubility of
oxygen is temperature independent. In the case
of organic solvents the temperature effects on the
heats and entropies of solubilities should be much
smaller.D

These results indicate the lack of thermochemi-
cal evidence for consecutive complex formation
in oxygen solutions. The temperature effect on
the absorption bands of oxygen in water4 may be
due to the effect of the increase of the amplitude
of thermal vibrations leading to temperature
broadening of the band threshold.

The numerical values for heats of solution of
oxygen in water and in benzene are of the same

(15) K. Watanabe and T. Nakayaina, “Technical Report No. I,”
University of Hawaii, 1958.

(16) S. I1I. Hastings, J. L Franklin, J. C. Schiller and F. A
Matsen, ./. Am. Chem. Soc., 75, 2900 (1958).

(17) H. McConnell, J. S. Ham and J. R. Platt, J. Chem. Phys., 21,
66 (1953).

(18) D. D. Eley, Trans. Faraday Soc.. 35, 1281 (1939).

(19) J. Horiuti, Sci. Papers Inst. Phys. Chem. Res. Tokyo, 17, 125
(1931).

(20) D. D. Eley, Trans. Faraday Soc., 35, 1421 (1939).
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hvo, kcal.

Fig. 2—The dependence of the equivalent energy of the
charge transfer band onset on the ionization energy of the
solvent molecule; ionization potentials from K. Watanabe,
J. Chem. Phys., 26, 542 (1952) and ref. 16: (1) anilinel,
(2) pyrrolel, (3) anisolel; (4) toluenel; (5) benzene; (6)
ethanol; (7) methanol; (8) cyclohexane2; (9) water.

order of magnitude within 0.5 kcal. as for other
gases of comparable size and polarizability.
The solubility data of oxygen, nitrogen and
argon were compared.
For water at 4°
AH(Oy — 3.9 kcal. mole“14
AH(A) — 3.73 kcal. mole” 18
For benzene at 20°
AH(0,)
Aff(N2)

0.36 kcal. mole” 1
0.86 kcal. mole” 1

and
Aff(A) = 0.82 kcal. mole”12L

It thus appears that there is no thermochemical
evidence for complex formation in these solutions.
As was suggested recently8 these continuous ab-
sorption bands of oxygen and nitric oxide probably
are the result of a contact charge transfer2 process.

(21) R. P. Bell, ibid., 33, 490 (1937).

(22) L. E. Orgel and R. S. Mu'liken, J. Am. Chem. Soc., 79, 4389
(1957).

POTENTIAL DETERMINING IONS AND
THE COAGULATION VALUE

By Mirko Mirnik

Institute “ Rudjer Boskovic,” Zagreb, and Department of Physical Chem-
istry, Faculty of Science, University of Zagreb, Zagreb, Yugoslavia

Received February 27, 1961

In a paper by Kratohvil, Orhanovic and Mati-
jevicl the problem of dependence of the coagula-
tion concentration of the potential determining,
constituent and stabilizing ions was brought for-
ward and the role of Rjorrum’s distance in the
coagulation discussed.

The dependence of the coagulation value of the
potential determining ion was in the majority of
papers of this school (ref. 1 and the cited literature)
represented by plots “logarithm coagulation con-
centration (value) against logarithm total concert-

(1) J. P. Kratohvil, M. Orhanovic and E. Matijevic, J. Phys. Chem..
64, 1210 (1960).
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tration of the stabilizing ion.” This description
is formally correct but it is thermodynamically
justified to use only the excess concentration (ac-
tivity) of this ion.

As the first approximation for the activity of the
excess constituent ion the difference of the total
concentration of the ion in excess and of the con-
centration of the second precipitating ion ie.,
coe- — cas# Can be taken. Then in the plots
“logarithm coagulation value — logarithm activity
of the potential determining ior " the slope of these
lines becomes much smaller in the region of low
activities.

In the Agi system the effects of supersaturation,
crystallization and recrystallizadon are the smallest
and the coagulation processes can be studied prac-
tically free from accompanying crystallizations or
recrystallizations. The influence of the activity
of the stabilizing :“ ion, determined potentio-
metrically, upon the coagulation value was found
to be practically negligible.2

The addition of 10 mole % ethanol, 1.8 mole %
glycine and 10 mole % acetones changes the co-
agulation values of Na+, Ba++ and La+++ in-
significantly compared with the shift of the nega-
tive stability limit from pi 9s in pure water to
11.5, 12.9 and 13 in the respective mixed solvents.

The slope, i.e., the change of the logarithm co-
agulation value for one pi unit is for Ba++ (ICRsn )
and La+++ (10-4 ~n ) in all four cases smaller than
0.03 and for Na+ (0.1 Y) it amounts to 0.1. Thus
the coagulation value can be considered as prac-
tically constant over s.s, 10.5, 11.9, resp., 12 pi
units. For an ideal coagulating system the con-
clusion has to be made that the coagulation value
is independent of the activiry of the potential
determining and stabilizing icn from pi equal to
log concentrations of the ion jf lowest valency to
the negative stability limit.

The influence of the concentration of Br~ and
Cl- ion upon the coagulation value is greater and
complex and can be connected with greater differ-
ences in solubility in different concentrations,
which cause faster crystallizations and recrystal-
lizations. These processes take place with rates
similar to those of coagulations, especially in the
AgCl system. Therefore the (i..., tyndallometri-
cally) observed processes are pure coagulations only
in narrow regions of the activity of the potential
determining ion. Generally, coagulations mixed
with crystallizations or recrystallizations are tak-
ing place causing apparent changes of the observed
coagulation values with pBr or pCl.

According to Bjerrum the distance 5 between
two associated ions is proportional to the valency -
of the second ion if the valency -~ of the first ion is
constant

This may also apply for the ion pair “adsorbed
potential determining ion-adsorbed coagulating
counter ion.” Therefore the relation log coeg — s

(2) M. Mirnik, F. Flajsman, K. F. Schulz and B. Tezak, J. Phys.
Chem., 60, 1473 (1956).

(3) M. Mirnik, F. Flajsman and B. Tezak, ibid.., in course of publi-
cation.
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for o and z constant must be linear for the same
reason as the relation log caeg — z is linear, while
the slopes of the lines log coceg — S for different z
should be proportional to 1/o. Considering the
great influence of o upon the solubility, crystal-
lization and recrystallization, and that concen-
trations were used instead of activities, the results
of Figs. 5 and 6 in ref. 1 confirm the correctness of
the z/o term in Bjerrum’s formula as well as the
correctness of any theory postulating a linear
log c®ag — z relation. A thermodynamic deduc-
tion of this linear relation based on the adsorption,
respectively, ion exchange theory of coagulation is
given elsewhere.4

(@) M. Mirnik, Nature, 190, 689 (1961); J. Colloid Sci., in course
publication.

E.P.R. OBSERVATION OF NH3 FORMED BY
X-RAY IRRADIATION OF AMMONIUM
PERCHLORATE CRYSTALS

By James S. Hyde and
Instrument Division, Varian Associates, Palo Alio, California
E1i S. Freeman

Pyrotechnics Chemical Research Laboratory, Picatinny Arsenal, Dover,
N. J.
Received March 3, 1961

Freeman and Anderson,: and Freeman, Anderson
and Campisi2 have reported profound changes in
the decomposition characteristics or chemical re-
activity of ammonium perchlorate crystals follow-
ing X-ray and 7-ray irradiation. In an effort to
understand the nature of the radiation damage in
these crystals, we have undertaken an investiga-
tion using electron paramagnetic resonance (e.p.r.)
techniques. One would expect, with these tech-
nigues, to observe those damage sites in the crystal
which happen to contain unpaired electron spins.

Sample Preparation.—The ammonium perchlorate crys-
tals used in this work were doubly recrystallized from triply
distilled water. The original material was certified reagent
grade salt obtained from the Fisher Scientific Company.
Both crystalline powders and larger crystals of several cubic
millimeters were prepared. The samples were irradiated
with an exposure dose of 106 roentgens at a rate of 2 X 105
roentgens per hour by means of an OEG-50 X-ray tube with
a molybdenum target.

Electron Paramagnetic Resonance Apparatus.—The elec-
tron paramagnetic resonance experiments were performed
using the Varian V4501 EPIt Spectrometer. This instru-
ment employs 100 kc. field modulation, and a microwave
frequency of 9.5 kmc. A Varian V4547 Variable Tempera-
ture Accessory permitted studies over a continuous range of
temperature.

Results and Discussion

Figure 1 shows the e.p.r. spectrum at room tem-
perature obtained from a single crystal of irradiated
ammonium perchlorate. The spectrum is that
expected from hyperfine interaction with one nu-
cleus of spin 1 and three equivalent nuclei of spin
V2, and almost certainly arises from an unpaired
electron spin strongly localized on an Nliz mole-
cule. Contact with the nitrogen nucleus splits the
spectrum into three lines of equal spacing and

(1) E. S. Freeman and D. A. Anderson, J. Phys. Chem., 63, 1344
(1959).

(2) E. S. Freeman, D. A. Anderson and J. J. Campisi, ibid., 64,
1727 (1960).

of



Sept., 1961

intensity, and contact with the three equivalent
protons splits each of these three lines into a quar-
tet of equally spaced lines with intensity ratios of
1:3:3:1. This analysis is illustrated in Fig. 1.
Presumably the radical is a positive ion, although
the e.p.r. technique would not distinguish from a
negative ion. No resonances other than that as-
sociated with the NH3+ radical were found in these
crystals.

Several interesting observations can be made
concerning the anisotropy and temperature depend-
ence. Figure 2 shows spectra obtained with a
powder sample at +100, +25, —100 and —180°.
At +25°, the spectra from the powder and the
single crystal differ markedly, but at + 100° the
spectra are nearly the same. We conclude that
at the high temperature the NHs+ molecules are
rotating rapidly and the anisotropy which causes
the difference in spectra found at lower tempera-
tures is being averaged out. The critical rotation

frequency is 7 AH, where 7 is the gyromagnetic

ratio of the electron dipole and AH is an average
shift in the position of the hyperfine lines because
of the anisotropy. The separation of the lines at
+ 100° is therefore a measure of the isotropic hyper-
fine splitting,.and we find that contact with the
nitrogen nucleus splits the lines by 18.1 oersteds
and contact with the hydrogen nuclei splits the
lines by 25.0 ocersteds. The splittings were meas-
ured to an accuracy of 1% by comparison with the
resonance of nitrosodisulfonate (peroxylamine di-
sulfonate) ion (ON) (s03)2“, which is split into three
lines 13.0 oersteds apart.

At —100° (Fig. 2) the central quartet correspond-
ing to M 0 for the nitrogen nucleus is well de-
fined and of much greater intensity than the quar-
tets corresponding to M — +1. It is quite pos-
sible that the observed anisotropy arises from inter-
action with the quadrupole moment of the nitrogen
nucleus, since the nitrogen splittings are so much
more drastically affected than are the hydrogen
splittings. Hydrogen, of course, has no quadrupole
moment. It is also possible that the electron di-
pole has stronger anisotropic interaction with the
dipole moment of the nitrogen nucleus than with
the proton dipoles. In any event, the molecule is

rotating slowly compared with (yA//+, where

AHn refers to the average anisotropic shift arising
from interaction with the nitrogen nucleus. At
still lower temperatures (—180°) the spectrum from
the powder becomes asymmetric with respect to
the center of the spectrum (Fig. 2), although the
single crystal spectrum remains symmetric. Aniso-
tropy arising from interaction between the electron
dipole and the proton dipoles is entering the pic-
ture, and the molecule is rotating slowly com-
pared with (rAHp) where the subscript “P”
refers to the protons. Rogers and Pakes have re-
ported similar anisotropic effects when the vanadyl
ion, VO++, is in aqueous solution. The behavior
of the anisotropy of the NH3+ resonance as a func-
tion of temperature suggests that freedom of the ion
to rotate is frozen out in several fairly well-defined
steps.

(3) R. N. Rogers and G. E. Pake, J. Chem. Phys., 33, 1107 (1960).
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Fig. 1.—Room temperature e.p.r. spectrum from a single
crystal of irradiated ammonium perchlorate, and the re-
constructed speeirum from NH j+ assuming isotropic hyper-
fine interaction.

Fig. 2.—E.p.r. spectra at +100, +25, —100 and —180°
from a crystalline powder of irradiated ammonium per-
chlorate.
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The ammonia ion is quite stable with respect to
time and temperature. No decay of the resonance
intensity was noted on heating to +125° or upon
storing for several months at room temperature.

The resonance cannot be saturated with the
available microwave power (200 mw. at the sample
cavity) at room temperature, but at lower tem-
peratures it is necessary to reduce the power level
to avoid saturation. The j/-value of the center of
gravity of the spectrum was measured by com-
parison with crystalline a,a-diphenyl-/3-picryhydra-
zyl (@ = 2.003(3) and found to be 2.0034 + 0.0001.

KINETICS OF THE 24-TOLYLENE
1D1ISOCYANATE ALCOHOL REACTION

By Fred Il. Brock

Coritribution No. 210 from the Chemical Division of Aerojet-General
CorpAzusa, Calif.

Received March 8, 1961

The kinetics of the 2,4-tolylene diisocyanate-
alcohol reaction have been analyzed in terms of a
parallel and series reaction scheme consisting of
two simultaneous reaction paths instead of the
usual method of considering essentially one re-
action path only.l-4 The results show that the
final rate plot obtained from this theoretical treat-
ment is similar to the one obtained from experi-
mental data but that, contrary to current assump-
tions, the rate constant, values obtained from the
two linear portions of this rate plot are not those
of the para and ori/io-isocyanato groups.

Derivation of Equations.—The reaction of 24-
tolylene diisocyanate with an alcohol ROH in-
volves the reaction scheme

A C
CH, CH.,

NCO A"NHCOOR
NCO NCO
Jk
CH:, CHa

NCO K3 NHCOOR
NHCOOR NHCOOR
B 1)

For simplicity, letters will be used to represent
the compounds as above. Also, the alcohol
concentration will be considered to be in large
excess, so that pseudo-first order reactions only
need to be considered. The alcohol concentration
is hence included in the values of the rate constants,
f.C., [alcohol ] ¢true ~pseudo-first order*

For this reaction scheme, these equations hold

(1) J.Burkusand C. F. Eckert, 3. Am. Chem. Soc., 80, 5948 (1958).

(2) L. L. Ferstandig and R. A. Scherrer, ibid., 81, 4838 (1959).

(3 J. C. Kogan, J. Org. Chem., 24, 438 (1959).

(4) J. 3. Tazuma and H. K. Latourette, presented before thé Divi-
sion of Paints and Plastics at the 130th national meeting of the Ameri-
can Chemical Society, Atlantic City, N. J., September, 1956.
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= —(h + k3A
dd . hB
dt = M

N o= feA - KC

at

These equations are integrated readily to yield
the concentrations of each species at any time, i.e.

A = Aoce~(kl+>'

B = ——— [e-«<i+M* - e-M]
h —h —fe

C= 7—KA" , me-m+w: -

where a ais the initial concentration of A.
The measured isocyanate concentration at any
time is given by

[NCO] =2 A+ B+ C
which in view of the above relationships becomes

[NCQO] = A, I(<e—m+t,)! + ﬁz—,\ _____ r X

[s-(i,+fcaf — e-M] | — T Y

In order to show the time-dependence of the con-
centrations of these isocyanates, k2. and /o will
be expressed in terms of «i by use of an equation
that has been shown to hold for the isocyanate-
alcohol reactions,5i.e.

log~ = p2<r + nlog 0.34

where

k is the reaction rate constant of an isocyanate

kO is the reaction rate constant of a reference isocyanate,
e.g., phenyl isocyanate

p is the reaction series constant

a is a substituent constant

n has the value of 1 when a methyl group is ortho to the
reacting isocyanato group, and O in the absence of the
ortho-methyl group.

The expressions for the rate constants thus become

plom_NCO + CHs]
Iog}/‘%f p[<r»i_NCO + co-ciia] + log 0.34
log Yo pl<r,n_NHCOOR + <%—cH3] + log 0.34

log %O_ p<Tm NHcoOR + <7p-c H]

The values of o, Oh3 and o -ch3 are equal.
These relationships help to show clearly, without
assumptions as to the a values of the isocyanato
groups, that only 3 rate constants instead of 4 need
to be considered, since one dependent relationship
exists between the 4 constants, i.e.

h _h
K3  ké

Rearrangement of the above equations shows that

(0) F, H. Brook, J. Org. Chem., 24, 1802 (1959),
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log jijp = log 0.34

log jT = p[°m_NHCOOR - Wm-NCo] + log 0.34

10g — p[<U»NHCOOR _ <U?-NCo]

The required values, obtained from the reference
cited, are: p = 169, 4mNHOOOR 0.04 and
Vcenco = 0.43.  Substitution of these values in the
above equations yields k2 = 0.34fcj, kz = 0.0745/ci
and k4 = 0.219fci.

Fig. 1.—Plots of concentrations of isocyanates vs. time.

Hence, the time-dependence of the isocya-

nate concentration becomes
[NCO] = dO[2e-1-3*' + 0.790 (e-«-0F - e“1*4*<Q +
0.303 (e~°-219ki* - e-1-4*)]

In this expression the first, second and third terms
refer to twice the concentration of A and the con-
centrations of B and C, respectively.

A reasonable value of k4 of 0.0l was assumed.
The calculated values of twice the concentration
of A and the concentrations of B, C and total
isocyanate as a function of time (in the same units
as those used for k4 are graphed in Fig. 1.

Data Analysis.—The method of data analyses
that is currently being used to calculate the rate
constants is to plot log [NCO]/2 against time,
resulting in a graph considered to consist of two
linear portions. The rate constant calculated
from the first and steeper slopes is assumed to be
equal to Td34 or to n + /212 whereas the rate
constant derived from the second slope is equated
to fc4or to kz + ka.x

In order to determine the type of plot obtained
from the data of the analysis presented in the fore-
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Fig. 2.—First-order rate plot.

going sections, the data of the total isocyanate
concentration were plotted in this usual first-order
manner as shown in Fig. 2. This plot also con-
sists of two linear portions similar to the plots of
experimental data. The rate constants that would
be calculated from the two slopes are 0.00528 and
0.00100 for the para and ortho group reactions,
respectively, compared to the assumed values of
0.01 and 0.000745, respectively.

Inspection of Fig. 2 shows that the slopes of the
straight lines and hence the values of the two cal-
culated rate constants are highly dependent on
the location cf the lines, ¢.g., the theoretical maxi-
mum value of the first rate constant, obtained
from the tangent to the curve at zero time, is
1.34&1, or 0.0134, as compared to the above value
0.00528. Reasonable changes in the values of the
ratios of the rate constants and steric factor of an
0?//io-methyl group would not affect the findings,
but only the absolute values of the concentrations.

THE EFFECT OF FLUORINATION ON THE
SURFACE ACIDITY OF CATALYTIC
ALUMINA AND THE LOSS IN ACIDITY DUE
TO WATER VAPOR ADSORPTION

By E. V. Ballou, R. T. Barth and R. A. Flinn

Gulf Research and Development Company, Pittsburgh, Pennsylvania
Received Ma*ch 8, 1961

Halide treated alumina catalysts have been
commonly used in isomerization reactions4 The
commercial importance of fluorinated alumina

®
Hydrocarbons,” Vol. 111; Reinhold Publ. Co., New York, N. Y., 1955;
Chapter 39, p. 40:

H. Pines and J. M. Mavity, “The Chemistry of Petroleum
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po CF INDICATTRS
STRONG AQD---+--=-==wmmnemmmm » WEAK AQD
Fig. 1.—Water vapor adsorption on 1% fluorinated F-10
alumina—amount of water necessary to change color of
various strength indicators.

has led to investigations of the surface character-
istics of the substrate and its comparison with the
non-fluorinated alumina surface. Webb,2 for ex-
ample, applied gaseous ammonia adsorption to
this material. An alternate approach to the surface
characteristics of a catalyst is the liquid phase
adsorption of ri-butylamine, combined with the use
of Hammett acid-base indicators. Such an in-
dicator test for acidity was described by Benesi,3
who reported no acid colors on alumina with any
of the Hammett indicators. No results were given
for fluorinated alumina.

In the work described here, water vapor adsorp-
tion was found to markedly affect the results of
the Hammett indicator tests. These data also
suggested that one difference in the fluorinated
and non-fluorinated alumina was the enhanced
retention of water by the latter.

Experimental

Materials.—Tests were carried out on commercial grade
F-10 alumina, obtained from the Aluminum Company of
America, Pittsburgh, Pa. Impurities, determined in this
Laboratory by chemical analysis, were 0.04% Si, 0.05% Fe,
0.1% Na, 0.5% CIl and 0.15% S. The BET surface area
from nitrogen adsorption was 128 m.2g.

Samples were fluorinated by puddling the solid with
aqueous hydrofluoric acid solution, followed by drying at
temperatures slowly increasing to 540°. Chemical analyses
of calcined samples for fluorine showed 0.9 to 1.1% F.
Fluorination reduced the chlorine content of the samples
to 0.1%. The BET surface area of a fluorinated sample was
119m.Vg-

The benzene solvent was reagent grade from J. T. Baker
Co., which was refluxed and distilled, and the first 10%
of the distillate discarded. This method of dehydration
of benzene has been described by W. E. Hanson.& The
water content of the residue was determined by a Karl
Fischer method and found to be less than 10 p.p.m. n-
Butylamine was “certified” reagent grade from Fisher
Scientific Company and was used without further puri-
fication. The five indicators used in the tests were benzal-
acetophenone, dicinnamalacetone, benzeneazodiphenyl-
amine, butter yellow, and neutral red, with reported3
pKavalues of —5.6, —3.0, +1.5, +3.3 and +6.8, respec-
tively. Indicators were chemical and stain grades from
Eastman and National Aniline Companies. Flushing nitro-
gen was prepurified grade from the Air Reduction Company,
the water content from the tank being 250 to 400 p.p.m.
The tank nitrogen was passed through a column 2.5 cm.
in diameter and 39 cm. in length containing predried

(2 A. N. Webb, Ind. Eng. Chem., 49, 261 (1957).

(3) H. A. Benesi, J. Am. Chem. Soc., 78, 5490 (1956).

(4) W. E. Hanson, "Directions for the Use of the Modified Menzies-
Wright Molecular Weight Apparatus,” Report of the Mellon Institute
of Industrial Research, Pittsburgh, Pa., June, 1943.
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Linde Type 5A Molecular Sieves, which lowered the water
content of the nitrogen gas to about six p.p.m.

The Measurement of Surface Acidity.—Prior to the acid-
ity measurements the catalysts were treated in the follow-
ing steps: first, one-gram samples were calcined in 25-ml.
erlenmeyer flasks at 540° for three hours; then the flasks
were closed with ground glass stoppers before removal from
the furnace, and cooled in an aluminum desiccator which
was flushed with dry nitrogen. When cool, the samples
were quickly covered with benzene by pipetting a sufficient
amount of solvent just as the stopper was removed from the
flask. After this step, the required amount of butvlamine
in benzene solution was added, and each flask gently agi-
tated for three hours.

The indicator tests were performed either on porous spot
plates, in enclosed glass tubes, or in benzene slurries. In
the first two methods, the equilibrated slurry from each
butylamine titer was apportioned to five wells in either the
white porcelain spot plates or in enclosed glass tubes. The
material was dried under heat lamps while being flushed with
liquid nitrogen. When each powdered sample was just
dry, the heat lamps were turned off and the indicators were
added. Colors were then observed. In the third method,
the indicator was added directly to the catalyst in benzene
slurry for each butylamine titer. This was similar to the
technique described by Benesi/

Water Vapor Adsorption Studies.—The possibility of
interference of adsorbed water on indicator measurements
of alumina and fluorinated alumina led to more quantitative
determinations of this effect. In one series of experiments
indicators were added to the calcined, fluorinated and non-
fluorinated alumina samples prior to water adsorption tests.
In another series, samples already exposed to 30% relative
humidity for 24 hours were evacuated at various tempera-
tures until the return of the acidic color of benzalaceto-
phenone indicator (plvavalue —5.6).

Results

The Measurement of Surface Acidity.—The sur-
face acidity values (Table 1) obtained for 1%
fluorinated alumina and non-fluorinated alumina,
by the three techniques described above, show a
marked difference between the two samples ob-
served on spot plates, as well as differences for
each sample by the various methods. This was
in contrast to tests of silica-alumina catalysts,
in which all three techniques had appeared equiva-
lent. Observations on spot plates had previously
been found suitable to confirm Benesi’'s data6 on
silica-alumina, silica-magnesia and mounted acids.

In the case of non-fluorinated alumina, the ex-
posure of the catalyst to small amounts of water
vapor appeared critical. For example, the intro-
duction of water vapor into the nitrogen stream at
a concentration of 400 p.p.m. was sufficient to
completely suppress the action of the alumina
toward three of the indicators. The fluorinated
alumina still showed 0.08 to 0.10 meq./g. of acid
over the strength range. Using an enclosed system,
it was possible to keep the water vapor concentra-
tion of a slowly flowing stream of nitrogen to six
p.p.m., and the maximum cumulative amount of
water vapor during the test to about 0.002 milli-
mole (Table IB). In dried benzene solvent the
apparent acidities of the samples were still higher
(Table IC), even though the benzene had a greater
water content per flask than the cumulative water
content of the nitrogen stream.

The 0.5% chlorine impurity present in the non-
fluorinated alumina, as commercially available,
does not appear to be critical with regard to the
surface acidity. This is shown by the very low
acidity of the non-fluorinated alumina in spot plate

(5) H. A. Benesi, J. Phya. Chem., 61, 970 (1957).
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Table |

Comparison of Surface Acidity Values Obtained on
Fluorinated F-10 Alumina and Non-fluorinated F-10

Alumina by Different Indicator Techniques

/ Ho Range *
6.8 33 15 -3.0 Meq./g.
to to to to total
Catalyst 3.3 15 —3.0 —5.6 <—5.6 acidity
A. Acidity determinations with dried catalysts in spot
plates
1% Fluorinated F-10 0.0 0.0 0.02 0.0 0.08 0.10
Non-fluorinated F-10 .005 .02 .0 .0 .0 .025

B. Acidity determinations with dried catalysts in enclosed

tubes
1% Fluorinated F-10 0.0 0.0 0.0 0.0 0.10 0.10
Non-fluorinated F-10 .0 .0 .0 .0 .10 .10
C. Acidity determinations in benzene slurry
1% Fluorinated F-10 0.02 0.0 0.0 0.0 0.28 0.30
Non-fluorinated F-10 .0 .0 .0 .0 .30 .30

tests (Table 1A), as well as by increased acidity
noted upon chlorination of alumina, when car-
ried out in a manner similar to fluorination. Pre-
sumably, the halogen impurity is present in the
bulk of the catalyst structure, probably as a salt,
while halogenation treatment affects the exposed
acid sites of the alumina.

Water Vapor Adsorption Studies—Figure 1
shows the amounts of water vapor necessary to de-
stroy the acid color of four selected indicators on 1%
fluorinated alumina. The reproducibility of this
experiment is shown by the pairs of points on the
top curve. To ensure that the observed color
change was complete, samples were momentarily
exposed to saturated water vapor. Then they
were evacuated at room temperature until the
acidic indicator color returned—a procedure which
took several minutes for the indicators denoting
weak acid, but hours for the indicators denoting
strong acid. Readsorption of water vapor on the
evacuated samples until the indicators again lost
their characteristic acid color took place according
to the lower curve. In similar experiments with
non-fluorinated alumina, 0.3 to 0.4 mmole/g.
more water vapor was needed to change the color
of each indicator, than was required for the fluo-
rinated material.

Discussion and Conclusions

The attribution of surface acidity to fluorinated
alumina comes primarily from the effectiveness of
such catalysts, when metal promoted, in isomeri-
zation reactions,l since an acid surface is necessary
for the reaction step involving carbonium ion for-
mation. The results of the study presented here
show that the acid surface of both the fluorinated
and non-fluorinated alumina can be poisoned by
trace amounts of water vapor. These data indi-
cate a competition between water vapor, butyl-
amine and indicator dye for the acidic centers on
each surface.

When the adsorbed water vapor is eliminated,
the number of acid sites on alumina and fluorinated
alumina appear to be the same, and both are very
strong as judged by the effect on indicators. The
difference between the fluorinated and non-fluo-
rinated types of F-10 alumina surfaces was in their
sensitivity to, and retention of, water vapor. The
non-fluorination, and water poisoned, alumina may

Notes 1641

not exhibit acidity until some AI-OH sites are
dehydrated to AlI-O-Al, whereas the fluorinated
alumina may exhibit sufficient acidity upon the
removal of physically adsorbed HOIi.

HOLE INJECTION DURING REDUCTION OF
FERRICYANIDE AT A GERMANIUM
ELECTRODE

By Walter W. Harvey
Lincoln Laboratory 1Massachusetts Institute of Technology, Lexington 73,
Massachusetts
Received March 22, 1961

The present note reports results of a limited
investigation of carrier injection in germanium
by electrochemical reaction. The experiments
undertaken extend the work of Pleskov2 and com-
plement previous results of the author.3 In-
jection of holes as the result of a cathodic reaction
at a germanium surface was discussed for the
first time by Brattain and Garrett (see pp. 159,
160 of ref. 4). Subsequently, Gerischer and
Beck5-8 and others9-1l observed hole injection
during corrosion of n-type germanium in solutions
of oxidizing agents.

The phenomenon of carrier injection relates to
the peculiar circumstance that both valence-
band electrons and conduction-band electrons can
participate in electrochemical processes at the inter-
face. Electrons produced by an anodic reaction
can enter the valence band of the crystal only if
electron vacancies are present, positive “holes”
being consumed thereby. Conversely, holes are
produced by consumption of valence electrons
in a cathodic reaction. A net production of holes
and conduction electrons in n-type germanium, in
which holes are the minority carrier, is referred to
as “hole injection.” The measurement of hole
injection is significant for the information it affords
with regard to the detailed mechanism of the elec-
trode process.

Pleskov’s observation2 of hole injection during
cathodic reduction of ferricyanide is subject to
interpretation since the role of thermal generation
of carriers at the surface was not fully considered.
The manner in which thermal generation of holes
and electrons at the back surface of a thin ger-
manium electrode can contribute to the limiting
anodic current at the front surface has proven
difficult to understand. Figure 1 shows in a

(1) Operated wish support from the U. S. Army, Navy and Air
Force.

(2) Yu. Y. Pleskov, Doklady Akad. Nauk SSSR, 126, 111 (1959).

(3) W. W. Harvey, Phys. and Chem. Solids, 14, 82 (1960).

(4) W. H. Brattain and C. G. B. Garrett, Bell System Tech. J., 34,
129 (1955).

(5) H. Gerischer and F. Beck, Z. physik. Chem. {Frankfurt), 13, 389
(1957).

(6) F. Beck and H. Gerischer, Z. Elektrochem., 63, 943 (1959).

(7) H. Gerischer and F. Beck, Z. physik. Chem. {Frankfurt), 23, 113
(1960).

(8) H. Gerischer and F. Beck, ibid., 24, 378 (1960).

(9) Yu. V. Pleskov, Doklady Akad. Nauk SSSR, 130, 362 (1960).

(10) D. R. Turner, J. Electrochem. Soc., 107, 810 (1960).

(11) Experimental results of D. R. Turner, quoted by J. F. Dewald
in “The Surface Chemistry of Metals and Semiconductors,” John
Wiley and Sons, Inc., New York, N. Y., 1960, edited by H. C. Gatos,
pp. 216-218.
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Fig. 1.—Distribution of holes and contributions to the
hole current density for one-dimensional current flow across
a thin, ri-type germanium anode. The extents of the regions
of space charge, designated by broken lines, are shown greatly
exaggerated.

schematic way the contributions of optical and
thermal generation to the supply of holes. Elec-
trochemical hole injection is equivalent in effect
to absorption of radiation capable of producing
electron-hole pairs.

For hole flow entirely by diffusion, the hole cur-
rent density for the one-dimensional case is

'p= -eDpgradp = - eDp (1)

where +e is the charge of a hole, o p is its diffusion
constant, and ¢p = p —po iS the deviation of the
hole concentration » from its equilibrium value
pa. Combining eqg. ! with the continuity equation
for holes and using the boundary conditions indi-
cated in Fig. 1, it can be shown that the limiting
hole diffusion current to the front surface « =
0) is realized when the concentration gradient
at :i'i attains the value

where 1 is the electrode thickness and . p is the dif-
fusion length®2 for holes. For \<ClI, the gradient
at xi becomes equal to —pz/1, so that the limiting
anodic current density to the front surface is

jam = aeDp (p«/I) 3)
where a is the ratio of total current to hole current.4
In terms of the operationally defined surface
recombination velocitiesi2 s2and Si, the net rates of
thermal generation (i.e., excess of generation over
recombination) at the back and front surfaces are
—si(sp), = -S2AP2 - pay and —si(sp)xi = sipo,
respectively. Including carrier generation by light
absorption and electrochemical reaction at the
back surface, and eliminating p2 from (3), the
limiting anodic current density9for the thin anode
is3
jiim = ae[l + (Z/Dp)s;l _1(7 + J) + aepoisill +
d/DpkT1+si) (4)
where 1+ + 4 is the sum of the absorbed light
intensity and the electrochemical hole injection
rate. According to (4), the limiting anodic cur-

(12) W. Shockley, “Electrons and Holes in Semiconductors,” D;
Van Nostrand Co,, Inc., Princeton,’ N; J< 1950;
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rent in the dark and in the absence of injection is
determined by the recombination velocities at the
two surfaces. Therefore, since s for germanium
electrodes is known to depend upon the composition
of the electrolyte,313 the hole injection rate will
be greater or less than an observed increase in
Jiim, depending upon the change in s2 for the solu-
tions compared.

The foregoing considerations have been tested
experimentally using the thin-anode technique.
Essential features of the apparatus are described
elsewhere.3 Figure 2 shows anodic limiting cur-
rents for various compositions of solution in con-
tact with the back surface. In the absence of
oxidizing agents, germanium is inert to water and
aqueous solutions, so that the observed increase in
jum on removing dissolved oxygen and on adding
KOH can only be the result of an increase in s2
Thus, if the electrochemical reduction of ferri-
cyanide is accompanied by injection of holes into
the germanium, the rate of hole injection is almost
certainly not given by the increase in anodic limit-
ing current shown in Fig. 2 (compare correspond-
ing figure of ref. 2).

The contributions of injection and changes in
s2 can be separated by measuring the limiting
anodic current as a function of absorbed light
intensity at the back surface. For constant a
and si, properties of the anodically polarized front
surface and solution, and for s — 0, eq. 4 predicts
that changes in s2will result in a family of straight
lines with a common intersection at 1 = bp(pon)
when the limiting current is plotted against light
intensity. The calculated absorbed light in-
tensity at the intersection in Fig. 3, wjiich shows
jiim as a function of relative light intensity for the
solutions of Fig. 2, is 4.8 X 105cmv! sec.-1.

From the upward displacement of the ji;mvs. 1
characteristic for the alkaline ferricyanide solu-
tion, it is readily apparent that reduction of ferri-
cyanide is indeed accompanied by hole injection.
At the same time, however, the surface recombi-
nation velocity is decreased considerably, as
evidenced by the greater slope of the line. It
turns out, in fact, that if the ferricyanide char-
acteristic is shifted downward, it can be made
to coincide very nearly with the characteristic
of the water containing some dissolved oxygen,
indicating approximate equality of s2 for the two
solutions. For equal s2 the increase in j\m due
to electrochemical hole injection is

Ajlim aed )

1

With the ferricyanide solution of Figs. 2 and 3, the
injecgion current density es is estimated as 0.9 ma.
cm.-2.

If the reasonable assumption is made that s,
is small during steady-state anodic polarization at
the limiting current density,4 then s2may be esti-
mated from the intercepts by equation 4. (Actu-
ally, it is probably more reliable to extrapolate tti
/ = 0 as shown in Fig. 3, since the current flow is

(13) W. W. Harvey and H. C. Gatos, J. Appl. Phys., 29, 1267 (1958)i
(14) J. B. Flynn, /. ElectrochemmSoe., 105, 715 (1958).
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Fig. 2.— Current-voltage characteristics of a thin, n-type
germanium anode, {100) orientation, for varions composi-
tions of solution in contact with the back surface. Anode
area = 0.043 cm.2 thickness | = 0.0150 cm., Lp = 0.24 cm.,
p = 4.6 ohm cm.

Fig. 3.—Dependence of limiting anodic current on inci-
dent light intensity at the back surface. Same electrode and
solutions as for Fig. 2.

far from one-dimensional initially.) For a equal
to 2.0, the calculated recombination velocities are,
reading from the bottom, 1700, 4200 and 19,000
cm. sec.-1, respectively. These values are at
best semiquantitative, but the trend is unmis-
takable. Clearly, the assumption that s is small
for non-polarized germanium electrodes is not
generally valid. The experimental results re-
ported herein emphasize the importance of taking
into account thermal generation and recombination
of carriers when considering electrochemical re-
actions at semiconductor surfaces.

THE STRUCTURE OF TARTAR EMETIC
AND EVIDENCE OF THE EXISTENCE OF
PENTAVALENT ANTIMONY AS [Sb(OH)]+4
By EFTHiIMtos Chinoporos and Nicholas
Papathanasopoulosl
Suffolk University, Boston, Mass.
Received March 22, 1961

The structural formula of tartar emetic has
been a much debated subject, and two types of
formulas have been propounded. The advocates
of the first type2 maintain that the antimonyl

(1) 7 Anderson Street, Boston 14, Mass.
(2) E. Jungfleiseh, Bull. soc. ehim., [2] 40, 08 (1883).
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group is bound to the organic residue by re-
placing a hydrogen atom either of the hydroxyl
group or the carboxyl group of tartaric acid,
whereas those believing in the second type3 insist
that the antimonyl group is bound to the oxygen
of both carboxyl groups. Finally a formula (I)
was proposed4 in which the antimony is bound to
the oxygens of both hydroxyl groups and one in
the carboxyl group.

'0=C—0

AN
H—C—O0—Sb.
.

H—C—O

1
,0=C—0-

The reaction of tartar emetic with mercuric
ions was reported in a recent paper.6 A further
study of this reaction led us to believe that formula
() truly represents the structure of tartar emetic.

According to Reihlen4 tartar emetic in water
dissociates as

ro=c—0O

| \
H—C—0O—Sh...OH>
|

H—C—O
1
.0=0—0-
1
-0=C—0-
AN
H—C—0—Sn—OH
| / + H4
I H—C—0O
Lo=c—o-

This equilibrium explains the acidity of the
solution. The addition of mercuric ions to a solu-
tion of tartar emetic precipitated a compound with
the formula CJhiHgOTSb, which suggests a mercury
salt with an organic residue of the structure I1II.

Since solutions of tartar emetic do not form a
complex with cupric ions, it is indicated that the
alcoholic hydroxyls of the tartrate are bound with
the antimony, as in structures Il and I1l. When
the above-mentioned salt of mercury reacted with
potassium hydroxide, mercury was precipitated
as the metal and pentavalent antimony was iso-
lated as sodium antimonate [NaSb(OH)6]. This
reaction suggests that the antimony in the group
>Sh-OH of structure Il was oxidized to penta-
valent antimony in the form [Sb(OH)]+4 which
hydrolyzed to antimonate ions. The same salt
precipitated from anhydrous solvents, when re-
acting with pyridine, gave also metallic mercury
and pentavalent antimony ions which were not
isolated as such.

Solutions of tartar emetic have a greater molec-
ular rotation than those found for potassium
tartrate.6 This shows that the antimony does
not exist as antimonyl ions (SbO+), but rather
is firmly bound with the tartar residue. Also the

(3) E. Jordis, Z. angew. Chem., 15, 909 (1902).

(4) H. Reihlen and E. Hegel, Ann., 487, 213 (1931).
(5) E. Chinoporos, Anal. Chem., 32, 1364 (1960).
(6) L, Kahlpfiherg, Z. physik. Ch«m 17, 605 (1895).
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reection of antinony tricdde with «hydroxy
acids78 and its failure to react with /3hydroxy
acids78 and achloro adds9 confims that the
antinony in tartar emretic is boud to both hy-
draxyls and to the cartooxyl group.

(7) B. Moritz and C. Schneider, ibid., 41, 129 (1902).
(8) G. G. Henderson and D. Prentice, J. Chem. Soc., 67, 1030 (1895),
(9 E. Jordis and W. Meyer, Z. angew. Chem., 17, 169 (1904).

THE IONIZATION CONSTANTS OF
2-THIOPHENE-<rans-ALDOXIME AND
2-FURANdrares-ALDOXIME

By S. G. Tandonl

Contribution Number 3#6 from the National Chemical Laboratory,
Poona, India

Received March 22, 1961

2-Thiophcncirans-aldodne2 and  2furanvirans
aldoxime3 are useful reagents for the gravinretric
determination of pelladium  The present inves-
tigation deals with the detenmiration of their
termodyen C ionization corstants, ar\alpK"wlm

are of inportance in various analytical pro-
cedures ad in the elucidation of the structure of
their metal lexes. .

A suney of literature revealed that absorption
Spectrophotonetry provides elegant and acourate
mears of determining the pK values45 The
nmethod is suited particularly to these reagents
which are weak arganic acids and are spaningly
soluble inweter.

Experimental

Apparatus.— Measurements were made on Beckman
Model DU and automatic ratio recording Model DK-2
quartz spectrophotometers, the same matched pair of 10
mm. quartz cells being used throughout. The instruments
were calibrated according to the procedure recommended by
Ewing and Parsons.67 The pH measurements were made at
25.0 £+ 0.01° with a glass electrode in an atmosphere of
nitrogen gas on a specially fabricated unit employing a Leeds
and Northrup vernier potentiometer in conjunction with
an Osram ET-3 valve. The accuracy of pH measurements
was 0.01 of pH unit. All measurements were made in an
air-conditioned room maintained at 25°. Graduated ap-
paratus of standard calibration was used for measurements.

Reagents.—2-Thiophene-iran.s-aldoxime and 2-furan-
irares-aldoxime were prepared by the methods of Tandon
and Bhattacharya2and Bradv and Goldstein,7 respectively.
These were recrystallized twice from 30% ethyl alcohol
as white needle shaped crystals and were vacuum dried;
m.p. for the former 132.0 to 132.5 and for the latter, 92.0
to 92.5°. The solubility of 2-thiophene-irans-aldoxime
and 2-furan-lrares-aldoxime in water is 2.26 + 0.02 and 17.0
+0.1 grams per liter, respectively, at 30°. Stock solutions
of these acids for spectroscopic measurements were prepared
in carbon dioxide-free distilled water. Other reagents used
were of analytical grade.

Experimental Procedure.—The samples for absorption
measurements were prepared by diluting an aliquot volume
of a stock solution of the organic acid in water with a suitable

G) Department of Chemistry, Mahakoshal Mahavidyalaya, Jabal-
pur.

(2) S. G. Tandon and S. C. Bhattacharya, Anal. Chem., 32, 194
(1960).

(@) J. R. Hayes and G. C. Chandlee, ibid., 14, 491 (1942).

(4) R. A. Robinson and A. I. Biggs, Trans. Faraday Soc., BI, 901
(1956).

(5) H. S. Harned and B. B. Owen, "The Physical Chemistry of Elec-
trolytic Solutions," Reinhold Publ. Corp., New York, N. Y., 1950, p.
502.

(6) G. W. Ewing and T. Parsons, Jr., Anal. Chem., 20, 423 (1948).

(7) O. L. Brady and R. F. Goldstein, J. Chem. Soc., 130, 1961
(1927).
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Wave length, mp.

Fig- 1.—Absorption spectra of 5.02 X 10-5 M 2-thio-
phene-imras-aldoxime (--------- ) and 4.25 X 10“6M 2-furan-
trans-aldoxime (--------------- ) in (&) 0.1 N HC1 solution and
(b) 0.1 N NaOH solution.

volume of acid, alkali or buffer solution as required. The
ionic strength was adjusted at 0.1 mole per liter by adding
potassium chloride solution. The spectrum of each sample
was measured from 220 to 320 mp against a reference having
the same composition except for the organic acid. The
same supply of the distilled water was used to make up all
other volumetric solutions of the series. Conformity to
Beer’s law in solutions of different pH at selected wave
lengths was established for the relevant concentration range.
At least three series of measurements were made for each
acid. pH was measured immediately after absorbance
measurements.

Results

The absorption spectra of the two acids inague-
as acid and alkali are p inHg 1 2
Thiophene-fms-aldoxine is dharacterized by max-
ima at 268 np (nolar absorbance index, €12,750
I/mole cm) and 294 np (e 12,750) in acid and
alkalre solutios, nely, with isosbestic
point at 2845 np (C 11,100). 2-Furartrirarns
aldoxime hes nmexina at np (e 18900) in
add solution and at 280 np (£18500) ip alkalire
solution with isosbestic point at 275 np (E16,750).

Thermodyrnamic ionization corstants were cal-
culated at selected wave lengths from the equation

ion

where AridH Ahc ad A b are the doserved ab-
sorances IN0.1 N NaOH, 0.1 N HCl and buffered
solutions, respectively. Here pK is the regative
logarithm of the the C ionization con
stant for the equilioium HA  H+ + A-, ad
7a- IS the activity coefficent of the acid anion
The value of log 7a- at 25° wes calculated from the
nodified form of Davies' equation8 —log =
AZA/L —0.27, where z isthe valency of

(8) R. A. Robinson, M. M. Davis, M. Paabo and V. E. Bower,
J. Research Natl. Bur. Standards, 64A, 347 (1960).
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acid anion (equal to unity in the present study), 1
is the ionic strength of the medium and A is a con-
stant whose value is 0.5115.9

The experimental results are given in Tables I
and Il. The average pK values of 2-thiophene-
(rans-aldoxime and 2-furan-frans-aldoxime are 10.76
+ 0.02 and 11.16 *+ 0.02, respectively. Ther-
modynamic ionization constants of these oximes do
not seem to have been reported in the literature.
Brady and Chokshi,10 however, measured the ap-
parent ionization constant of 2-furan-lrons-al-

Table |

lonization Constant of 2-TmopiiENE-/r<ms-ALDoxiME"

at 25°
., ArdH—Ab

Buffer pH Ab ,00 Ab - A1 pK

Series I: 291 nvi,, ANBOIl = 0.636, tlhci = 0.410
a 10.60 0.517 0.046 10.75
b 10.77 .536 - .100 10.77
c 10.88 .548 - .195 10.79
@ 10.97 .559 - .287 10.79

Series 11: 293 m/i, Ancoh = 0.640, Ahci = 0.355
oo 0.493 0.027 10.73
b 10.77 517 - .120 10.75
e 10.88 .530 - .202 10.78
d 10.97 .549 - .329 10.74

Series 111: 296 m”, Anvoh = 0.636, .Ahci = 0.288
a 10.60 0.452 0.050 10.75
b 10.77 .485 - 116 10.76
c 10.88 .506 - .225 10.76
cl 10.97 523 - .318 e}

Series 1V: 300 m/i, An«oii = 0.587, Ahci = 0.201
a 10.00 0.378 0.072 10.78
b 10.77 417 - .104 10.77
°=B 439 - .206 10.78
4 10.97 .460 - .310 10.70

Av. pK 10.76, K = 1.74 X 10-11
“The molarity of 2-thiophene-irans-aldoxime was 5.02

X 10~5M throughout; —log y\~ = 0.103.
Table Il

lonization Constant of 2-FURAN-irans-Alooxime" at 25°

ANaon —Ab

Buffer pH Ab CBA, - Anc. X
Series I: 281 mju, An»oh = 0.780, Anci = 0.458
a 10.62 0.540 0.466 11.19
b 10.91 .590 .158 11.17
c 10.98 .605 .076 11.16
Series 11: 284 m/i, Arwoh = 0.747, Ahci = 0.300
a 10.62 0.413 0.471 11.19
b 10.91 .490 131 11.14
c 10.98 .504 .076 11.16
Series 111: 287 miju, AniOH ==0.690, Ahci - 0.165
a 10.62 0.307 0.431 11.15
b 10.91 .390 125 11.14
c 10.98 .407 .068 11.15
Av. pK 11.16, K = 6.92 X 10" 12

®The molarity of 2-furan-frans-aldoxime was 4.25 X
10“W throughout; —log 7a- = 0.103.

(9 R. A. Robinson and R. H. Stokes, "Electrolyte Solutions,”
Academic Press, Inc., New York, N. Y., 2nd ed., 1959, app. 7.1, p. 468.
(10) O. L. Brady and N. M. Chokshi, J. Chem. Soc., 946 (1929).
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doxime by a distribution method and reported pK
(apparent) to be 10.82 at 25°.
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He wishes to thank Dr. S. C. Bhattacharya for his
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RADIATION INDUCED IONIC
POLYMERIZATION OF BUTADIENE

By Yoneho Tabata, Hiroshi Sobue and Eisuke Oda

Department of Applied Chemistry, Faculty of Engineering, University of
Tokyo, Tokyo, Japan

Received March 23, 1961

Although most radiation-induced vinyl poly-
merizations are known to proceed by a free radical
mechanism there is evidencel that irradiation of
some monomers at low temperatures leads to poly-
merization by an ionic mechanism.

Chapiro2 found that butadiene is slowly poly-
merized by ionizing radiation. Recently, Anderson3
reported that electron irradiation of butadiene
leads to polymerization by an ionic mechanism;
his work was done largely with the monomer in the
liguid phase. We have investigated the radiation-
induced polymerization of both liquid and solid
butadiene; the temperatures ranged from —20 to
-196°.

The butadiene monomer was distilled into 15-ml.
ampoules cooled to —78°, and the ampoules were
evacuated to 10~210~3mm. The polymerization,
which was initiated by irradiation with Co@® y-
rays, was carried out at a dose rate of 6 X 104 to
3.2 X 105 r./hr. To determine the vyields of
polymer, the irradiated samples were opened at
—78°, benzene was added, the monomer and ben-
zene were evaporated and the polymer residue
weighed. Viscosities in benzene at 25° and infra-
red spectra were measured.

For the liquid state polymerization, the relation
between the yield of polymer and the irradiation
dose is shown in Fig. 1 It is obvious from the
figure that the polymerization is not preceded by
an induction period. The yield of polymer in-
creased with decreasing temperature in the liquid
state polymerization. From an Arrhenius plot
of the logarithmic rate against the reciprocal abso-
lute temperature we obtained a value for the over-
all energy of activation of about —0.4 kcal./mole.
An activation energy of —0.3 kcal./mole can be
calculated from Anderson’s experimental results.
Magatlc has reported that a negative activation
energy was obtained in the polymerization by Gros-
manigin.

The yield cf polymer decreased very slightly with
decreasing temperature in the solid state poly-
merization and the over-all energy activation is a

(1) & W. N. T. Davison, S. H. Pinner and R. Worrall, Chemistry
and Industry, 1274 (1957); (b) W. J. Burlant and D. H. Green, ./.
Polymer Sci., 31, 227 (1957); (c) M. Magat, Makromol. Chem., 35, 159
(1960); (d) E. J. Lawton, W. T. Grubb and J. S. Balwit, J. Polymer
Sci., 19, 445 (1956); (e) H. Sobue and Y. Tabata, ibid., 43, 459 (1960);
(f) Y. Tabata, E. Oda and H. Sobue, ibid., 45, 469 (1960)

(2) A. Chapiro, J. chim. phys., 47, 764 (1950).

(3) W. S. Anderson, J. Phys. Chem., 63, 765 (1959).
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Dose X 10~7r.

Fig. 1.—The relation between the yield of polymer and the
radiation dose in the liquid phase polymerization at a dose
rate of 3.2 X 105r./hr. and temperature of —78°.

very small positive value (about 0.1 kcal./mole).4
The effect of the polymerization temperature on
the viscosity of the polymer is shown in Table 1.

Table |

The Relation between Viscosity and Polymerization
Temperature (dose rate = 3.2 X 10sr./hr.).
Polymerization Intrinsic viscosity
°

temp., °C. Dose X 10-7,r. in benzene, dl./g.
20 2.4 0.11
— 45 1.9 12
- 78 2.8 .18
-196 1.8 46
-196 1.4 .39«

“ This sample was prepared by y-irradiation of the mono-
mer in a metal tube at atmospheric pressure.

The table shows that the molecular weight of the
polymer increases gradually with decreasing tem-
perature in the liquid state polymerization. The
molecular weight of the polymer obtained in the
solid state polymerization is much greater than
that of the polymers prepared by liquid state
polymerization.

Polymer samples, prepared at polymerization
temperatures ranging from —20 to —196°, gave
almost identical infrared absorption spectra. It
was estimated from the spectrum that 67% of the
double bonds are due to trans-1,4-monomer units
and 32% to vinyl groups, a result similar to that
reported by Anderson.3 The absorption band at
750 cm."l, which is associated with w's-1,4 units,
was not observed.

Cationic polymerizations are generally character-
ized by negative temperature coefficients5 which
can he accounted for on the basis of a zero energy
of activation of the initiation process and an activa-
tion energy of the termination process greater
than that of the propagation step. The radical
propagation of butadiene requires a large positive

(4) Polymerization rate were measured at —130 =t 3° and at

(> C.S. Marvel, et al., J. Polymer Sci., 6, 483 (1951).
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activation energy,6as do radical polymerizations in
general which have activation energies for the
propagation step ranging from about 6 to 10 kcal./
mole, values larger than those of the termination
process. Our finding that the radiation-induced
polymerization rate of the liquid monomer at rela-
tively low temperatures increases with decreasing
temperatures (activation energy = —0.4 kcal./
mole), indicates, therefore, that the reaction pro-
ceeds by an ionic mechanism as reported by Ander-
son.3

On the other hand, the polymerization rate of
the solid monomer decreases slightly with de-
creasing temperature, a finding which might sug-
gest that the liquid and solid state polymerizations
have different propagation and termination mech-
anisms, even if the polymerizations proceed by the
same ionic mechanism. For a cationic mechanism,
the activation energy of the propagation step is
thought to be zero in a liquid phase polymeriza-
tion; the approach of a carbonium ion to a system
of closed electronic shells of a molecule involves no
energy barrier in the case of a liquid state poly-
merization. Although the solid monomer would
polymerize in an extremely rigid state, the mono-
mer molecule must move or rotate somewhat in
order to polymerize in the propagation step.
Mobility of the monomer in the solid state would be
increased by the heat produced in the exothermic
propagation step and also by an increase in the
polymerization temperature. Thus, the small posi-
tive activation energy of the solid state poly-
merization is not inconsistent with an ionic reac-
tion mechanism. Apparently the over-all propa-
gation step has a small positive activation energy
which can be explained by the temperature de-
pendency of the mobility of the monomer mole-
cule.

In previous papers,lef we reported activation
energies of about 0.4 and 0.3 kcal./mole, respec-
tively, for the radiation-induced, solid state poly-
merizations of acrylonitrile and methacrylonitrile.
These activation energies, which are small in com-
parison with the values estimated for the liquid
state polymerizations (5 kcal./mole for acryloni-
trile and 6.3 kcal./mole for methacrylonitrile), led
us to conclude that these solid state polymerizations
proceed by an ionic mechanism. In the case of
butadiene also, the solid state polymerization has a
small positive activation energy, much smaller
than the values typical for free radical polymeriza-
tions. We conclude, therefore, that the solid
state polymerization proceeds by an ionic mecha-
nism.

To obtain a high molecular weight polymer at a
fast rate by the homogeneous radical polymeriza-
tion of butadiene, a very high temperature must lie
1180(12 However in radiation-induced polymeriza-
tion, the viscosity of the polymer increases with
decreasing temperature in the liquid state poly-
merization, and the highest molecular weights were
obtained at —196° in the solid state polymeriza-
tion. This is further evidence that a non-radical
mechanism is operating in the solid state poly-

(9) M. Morton, P. P. Salaticllo and H. Landfield, ibid., 8, 279 (1952).
@ C. E. Sehildknecht, “Vinyl and Related Polymers,”
Wiley and Sons, Inc., New York, N. Y., 1957, p. 208.
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merization. The fact that the highest molecular
weight products were obtained in the solid state
polymerization probably is due to the longer life-
time of ions in the solid phase.

Oxygen, DPPH and pyrogallol are known to in-
hibit or retard free radical polymerizations but do
not effect ordinary ionic polymerizations. The
radiation-induced polymerization of butadiene was
not inhibited by oxygen or DPPH.

Acknowledgment.—The authors are greatly in-
debted to the Ministry of Education of Japan for
financing this research. The authors wish to ex-
press their thanks to Dr. Weissberger for the
preparation of the manuscript.
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Received March 24-, 1961

The thermodynamic equation relating Du,
the distribution coefficient of uranium(VI) tracer
between tri-n-butyl phosphate (TBP) in an inert
diluent and nitric acid, to the concentrations of
nitric acid and TBP, Ch and Ct, may be evaluated
guantitatively as shown below.

The calculations are an extension of the ideas
put forward by Hesford and McKay2 to describe
the extraction of nitrates at tracer concentrations
by TBP. The following chemical reactions de-
scribe the system adequately in the range of 0-7
m hitricacidand 0-1m TBP.

H+ ag. + NOs- ag.

H+aq. + NO3 aq. + TBP or.
HNCVTBP or. AN (2)

UO2+ag. + NO3 ag. < > UONO2+ag. a un (3)

U022+ ag. + 2NOs" ag. + 2TBP or.
UO0ZN0322TBP or.

TBP or.

HNO3ag. Ah (1)

A0 (4)

TBP ag. At (5

The symbols are the thermodynamic equilibrium
constants. The distribution coefficient will be
given by the equation

Du = [UOZNO032-2TBP] or- ([UO2+aq. +
[UONO3+W )-1 = AYINOs-UJj/Vu3[TBP]2or.

y2T 2/UT-1 (1 + A UN[NOg-~]ag V‘zV32/+tIN*“2) (6)

Ordinary brackets denote molar concentrations,
y denotes the various activity coefficients on the
molar scale, i+u for uranyl nitrate and ?/+un for
UONO03+NO03-, both as tracers in nitric acid,
yt for TBP and ut for UO02(N032-2TBPor.
Values of [NO3-]Jag. = /(Ch) at 25° are obtainable
from the work of Krawetz.3

Values of i rxu are available directly only for high

(1) Cf. Y. Marcus, Israel AEG Report 1A/582, 1960.

(2) E. Hesford and H. A. C. McKay, Trans. Faraday Soc., 54, 573
(1958).

(3) A. A. Krawetz, quoted by T. F. Yound, et al., in “The Structure
of Electrolytic Solutions,” W. J. Hamer, Editor, John Wiley and
Sons, Inc., New York, N. Y., 1959, p. 42.
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nitric acid concentrations.4 Jenkins and McKay4
applied the Harned rule expression

log 2+u = log yrtU -2 an/ (@)

where 7 +u is the activity coefficient of pure uranyl
nitrate solutions at the same ionic strength 1 as
those of the other nitrate, to various electrolytes.
They presented data of ay = /(1) for lithium,
sodium, ammonium and potassium nitrates, and
within a short concentration range also for nitric
acid. In the regions of overlapping 1 the curves
are reasonably parallel. The curve for nitric
acid may therefore be extrapolated and values of
y1x U obtained for low nitric acid concentrations.
As Jaul < 0.01 in the range of extrapolation, yl+u
is not sensitive to errors in an-  This is important
since ?/+u appears to the third power in eq. 6.

The concentration of free TBP, [TBP ]Jor., changes
with nitric acid concentration

[TBPJor = Ctll + XN[NO03"Jag2 JIMHITIHT“D 1" =
CtAt-1 (8)

where y+h is the mean ionic activity coefficient
for nitric acid and 7%ht the activity coefficient of
HNO3TBPa. Data for rt = /(Ch) are given by
Hesford and M cKay2at 25°.  Although they allow
i/T and 2ht to vary individually with Ch and Ct,
their ratio is assumed constant and K n2esh t-1—
0.16 I.2mole-2. It may be assumed similarly that
the ratio yryist does not vary with Ch and Ct.
These assumptions amount to ascribing the same
salting coefficient to all three species in the organic
phase TBP, HNO:; TBP and U02(N032-2TBP.

To evaluate the functionFn = (1 + XuN[NO3- Jag
y 1z un32(xun~2 = /(Cn), Aljn and y 1= un must be
known. Avalue of; UN= 0.21. mole-1was selected,
as implicitly suggested lay Hesford and M cKay,2and
since UONO3+NO3 is a trace 1:1 electrolyte in
nitric acid, its activity coefficient was taken to be
equal to that of nitric acid, y+n- The values of
Fn are not strongly affected by this assumption
concerning j/Tdn up to 7 m nitric acid.

Finally y» was calculated from measurements
of the distribution coefficient, o «, of labelled TBP
between the inert diluent and aqueous nitric acid.

= X tAt-Dt-1 (9)

assuming the aqueous solutions of TBP to be ideal.
Published values were used for kerosene diluent,6
while some values for dodecane, measured in a
similar way in this Laboratory, are reported below.

When all these data are introduced into eqn.
(6), it becomes

A k= AU'C'TZ[NO03 ]Jag2'+uXANAT.DT)-:l  (10)

where Ku' = a'uK t¥#tiftu”l- A'u' is assumed con-
stant, but depends on the diluent. r«, Fn and
y 'tu depend only on Ch, while Dt depends on both
ch and ce- These functions, calculated as de-
scribed above, are shown in Figs. 1 and 2. Curves
Du = / (cn)et, calculated according to eq. 10 using
these data, k y* = 5.6 X 1041.4mole-4for kerosene
and ky' = 2.5 X 1041.4mole-4 for dodecane dil-

(4) 1. L. Jenkins and H. A. C. McKay, Trans. Faraday Soc., 50,
107 (1954).

(5) K. J. Alcock, S. S. Grimley, T. Y. Healy, J. Kennedy and H. A.
C. McKay, Trans. Faraday Soc., 52, 39 (1956).
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Ch

Fig. 1.—The dependence of the auxiliary data Ft, Fn
and y+vl, on the nitric acid concentration in the aqueous
phase, Ch-

Ch.

Fig. 2.—The distribution coefficient of TBP, log Dr, as
function of the nitric acid concentration in the aqueous
phase, Ch* O, 20% TBP in kerosene; =, 5% TBP in kero-
sene5; O, 12% TBP in dodecane; m, 18% TBP in dodecane
(this work).

Ch.

Fig. 3.—The distribution coefficients of uraniuni(VIl)
tracer between nitric acid and TBP in inert diluents:
e, 19% TBP in keroseneg O, 4.8% TBP in kerosene5;
A, 25% TBP in kerosene7, a, 15% TBP in kerosene7. 0O,
18% TBP in dodecane8; m, 12% TBP in dodecane.8
Solid lines are calculated from eq. 10.
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uents, are shown in Fig. 3, where they are compared
with experimental data from the literature.6-8
The agreement is seen to be satisfactory.

(6) K. J. Alcock, G. F. Best, E. Hesford and H. A. C. McKay,
J. Inorg. & Nuclear Chem., 6, 331 (1958).

(7) C.J. Rodden, U.S.A.E.C. Report TID 10153 (1951).

(8) D. P. Ames and D. G. Karraker, U.S.A.E.C. Report DP 275
(1958).

THE KINETIC ORDER OF THE REACTION
BETWEEN SODIUM NITRITE AND
OXYGEN

By David A. Anderson and E i S. Freeman

Pyrotechnics Chemical Research Laboratory, Picatinny Arsenal, Dover
New Jersey

Received March £5, 1961

In a previous investigation Freeman! found that
in the reaction between sodium nitrite and oxygen
the order was unity with respect to the nitrite.
The order of reaction with respect to oxygen was
assumed to be unity; however, no experimental
determination of the order was made. Since there
is some question as to whether the rate-controlling
reaction involves atomic oxygen resulting from dis-
sociation on the surface of the molten salt or reac-
tion between molecular oxygen and nitrite, ex-
periments were carried out to clarify this point.

Experimental

The sodium nitrite and nitrate used were Fisher Scientific
Company C.p. Grade materials. Approximately 430-mg.
samples were heated in a Chevenard thermobalance at 450
and 480°. During the experimental runs mixtures of oxy-
gen and nitrogen at a total pressure of one atmosphere were
passed over the samples. The minimum purity of the
gases is 99.6%. The concentration of oxygen was varied
by pre-mixing with nitrogen. Both gases were passed
through concentrated sulfuric acid prior to mixing. The
flow rate of each was measured by a Matheson Company
flowmeter as they passed to a mixing vessel and then through
a flowmeter used to measure the rate of flow of the gases
over the sample. The flow rate was maintained at a rate
equivalent to 3 X 102cc./min. of air. The partial pres-
sure of oxygen varied from 0.25 to 1.0 atmosphere. A 28
gage Chromel-Alumel thermocouple located directly above
the sample was used to measure temperature. A two-pen
Leeds and Northrup Speedomax strip chart recorder re-
corded both changes in sample weight and temperature as a
function of time.

Results and Discussions

Assuming that the reaction of nitrite and oxygen
to form nitrate involves reactions (1), (2) and (3)

h
N02 - 02—HONO3 + 0 1)
k2
0 + no2 — >no3 (2)
h
O+0.—_—*mo2 (3)

then the rate of nitrate formation may be given
by the expression

= *][NO,-][0J + fe[0][NO2] (4)
and
~ = *[N02][07 -

f20] [NO2} - *,[op (5)

where xi, and & are rate constants; [N02-] =

(1) E. S. Freeman, J. Phys. Chem., 60, 1487 (1956).
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Fig. 1.—Plot of the logarithm of reaction rate as a func-
tion of vy:y (O), logarithm of nitrite mole fraction X ICF
at 0.50 atm. partial pressure of oxygen and 480°;, Yy (A),
logarithm of partial pressure of oxygen at 450° at 10%
reaction.

mole fraction of nitrite; [02] = concentration of
02on surface of melt; and [0] = concentration of
atomic oxygen.

Assuming a steady-state approximation for the
rate of change of atomic oxygen then from equation
5.

_ h[NOTr][07
O = 0] + fe[N02] ©
Substituting for [O] in equation 4
o[NO03] fe[NO
ot fe[NOs-J[02 (1 + fe[0]e[+ fe[I]\lOZ
)

If it is assumed that h[0] is small compared to k2
[NO02~] then

fe'[N02-1[02

o[N034
ot ®)

where
2 ki

The decomposition of sodium nitrate is neglected.
It was determined experimentally that the rate of
decomposition of the nitrate under the conditions
of temperature and pressure used in these experi-
ments was negligible compared to the rate of
.oxidation. If equation 8 is valid, plots of the log
of the rate of reaction as a function of the log of
the concentration of oxygen and of nitrite should
give straight lines with slopes of unity.

Figure 1 shows the plot of the logarithm of the
rate of reaction, as a function of the logarithm of the
mole fraction of nitrite. Ideal behavior of these

fe' =
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salts is assumed. The partial pressure of oxygen
was maintained at 0.5 atm. at a total pressure of one
atmosphere. Reaction temperature is 480 = 1°.
The slope of the line representing the order of re-
action with respect to nitrite was found to be
essentially unity in agreement with the previously
reported results of Freemanl obtained by a dif-
ferent method.

Figure 1 also shows a graph of the logarithm of
the rate of reaction as a function of the log of oxy-
gen concentration at 450°. The points are taken
from experiments conducted under partial pressures
of oxygen ranging from 0.25 to 1.00 atmosphere, and
at a given weight gain corresponding to a constant
concentration of nitrite. The only variable is the
partial pressure of oxygen. A linear plot is ob-
tained. The order of reaction was calculated to be
unity, indicating that the rate-controlling reaction
is between nitrite ion and molecular oxygen pre-
sumably at the surface of the melt. It has been
shown that varying the interface arealbetween the
gaseous environment and the molten salt affects
the reaction rate. This isevidence in support of the
previously published hypothesis concerning the
reaction mechanism.

ELECTROLYSIS WITH CONSTANT
POTENTIAL: EFFECT OF DIFFUSION
COEFFICIENTS ON REVERSIBLE
REACTIONS AT A SPHERICAL ELECTRODE

By Irving Shain and D aniel,S. Polcyn

Department of Chemistry, University of Wisconsin, Madison, IRs.
Received March 27, 1961

The use of stationary spherical electrodes in
electrolysis experiments at constant potential has
been suggested recentlyl as an unambiguous
method of determining diffusion coefficients of
electroactive materials. The equation describing
the current-time curves obtained at potentials
relatively far from the formal E° contains two
terms: one time-dependent term containing Do'/
and a time-independent term containing Do-
Thus, values of the diffusion coefficient can be
obtained from both the slope and the intercept
of the i vs. 1/ y/t plot, and the effect of various other
experimental parameters can be evaluated un-
ambiguously.2 The same approach can be ex-
tended to potentials closer to the formal E°,
and, with somewhat decreased accuracy, the method
can be used to determine the diffusion coefficients
of the product of the electrode reaction.

For the case of a reversible reaction (in which
both the reactant and product are soluble in the
solution) taking place at potentials near the
formal E°, the equation for the current-time curve
has been reported as

. nFADoCo* T 1 11 m
1 (1+70) WoiWw 1 K>
where the notation is that used previously.l
This equation holds only when the diffusion coef-
(1) 1. Shain and K. J. Martin, J. Phys. Chem., 65, 254 (1961).
(2) See D. J. Macero and C. L. Rulfs, J. Am. Chem. Soc., 81, 2942

(1959), for a discussion of the interaction of these effects, particularly
electrode area, on a plane electrode.
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Fig. 1.— Effect of diffusion coefficients on current flowing
25 seconds after the start of electrolysis. ——— , calculated
from equation 1 ; ---------- , calculated from equation 3.

ficients of the reactant and product are equal,
that is, when 7 = 1. It is possible, however, to
obtain a more general solution for this boundary
value problem without making any assumption
regarding the ratio of the diffusion coefficients.
Conventional application of the Laplace trans-
form5leads to

I = nFADoCo* [(1 + yo)(wDotyA + (1 + o, +
*T+ N 1+ 70 erfc aVi] (2
where
a_ 1/ Dr ~h9Dg \
a~nW d~N+ ey/Do)

and all other terms are defined as in equation 1

Substitution of typical numerical values for the
various parameters into equation 2 indicates that
for the times which are of interest in this method,
the last term never amounts to more than a few
tenths of a per cent, of the total current flowing.
Thus, equation 2 reduces to

1 = nFADoCo* [(i + yex~Doty/* + (I +
(®)

Equation 3 differs from equation 1 only in the
spherical correction term, i.e.,, the term in rO
which corrects for the convergent nature of the
electrode process. This term is not negligible,
and can amount to as much as 10% of the total
current flowing at times as short as 10 seconds.
At longer times, this term becomes relatively more
important. As a result of the linear dependence

3) R. V. Churchill, “ Operational Mathematics,” 2nd Ed., McGraw-

Hill Book Co., New York, N. Y., 1958.
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of this term on Do/Du the measured currents can
deviate significantly from those calculated from
equation 1. This can be seen in Fig. 1, where the
current flowing at 25 seconds after the start of the
electrolysis as calculated from equation 1 is com-
pared with that calculated from equation 3.

The normal analysis of current-time curves by
equation 1, in which the current is plotted against
1/(0Yz results in lumping all uncertainties
regarding the diffusion coefficients with the
“formal” E°. If equation 3 is used, however, the
slope of the i vs. 1/(012 plot is a function of yd,
while the intercept is a function of y-20. This
permits a separation of these two parameters.
Since an unambiguous value of Do for the same solu-
tion can be calculated by analyzing diffusion limited
current-time curves obtained at very cathodic
potentials, it is possible to calculate a reasonably
accurate estimate of b r .

Using the data of Martin,4 current-time curves
for the reduction of titanium (1V) oxalato complex
(0.2 M oxalic acid, 1% sulfuric acid) were analyzed
using a least squares technique, and y was calcu-
lated at several potentials near the formal E°
(Table ).

Table |

Analysis of Current-T ime Curves for the Reduction

of Titanium(lV) Oxalato Complex

Potential 76 72e
(vs. S.C.E.) (from slope) (from intercept) y
-0.310 0.42 0.53 1.2,
.290 0.89 1.2, 1.4,
.270 1.93 2.56 1.3s
.250 4.30 5.80 1.3,
Av. 1.34

Combining this value of y with the previously
measured value of Do (0.61 X 10~6 cm.Z2sec.),
the value of Dr was calculated to be 0.34 X 10-5
cm.2sec. The results indicate that the diffusion
coefficient of the Ti(l11l) complex is less than that
of the Ti(1V) complex, as was reported by Pecsok.5
However, the value of Do calculated previouslyl
and the value of Dr calculated here are both
lower than the values calculated from the diffusion
current constants reported by Pecsok. It is felt
that within the specified error limits, the values re-
ported here are more reliable than those calculated
from the llkovic equation. If the Lingane-Love-
ridge equation6 is used to calculate diffusion coef-
ficients from Pecsok’s data, the values are lower,
but still somewhat higher than the values reported
here.

The value of 7, which was obtained as indicated
in Table I, then was used to calculate the formal
E° from values of 7e¢ at several potentials. This
value was calculated to be —0.280 v. vs. S.C.E.

This method of calculating D r is not as accurate
as the more direct measurement based on diffusion
limited current-time curves obtained at potentials
relatively far from E°. Nevertheless, this ap-
proach offers some important advantages when,
as in this case, known solutions of the product of

(4) K. J. Martin, Ph.D. Thesis, University of Wisconsin, 1960.

(5) R. L. Pecsok, J. Am. Chem. Soc., 73, 1304 (1951).
(6) J.J. Lingane and B. A. Loveridge, ibid., 72, 438 (1950).
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the electrode reaction cannot be prepared con-
veniently.

This work was supported in part by funds re-
ceived from the United States Atomic Energy
Commission, under Contract No. AT (lI-1)-64,
Project No. 17.

KINETIC STUDIES ON THE
DECARBOXYLATION OF OXAMIC ACID IN
DIMETHYL SULFOXIDE AND IN
TRIETHYL PHOSPHATE

By Louis Watts Clark

Department of Chemistry, Western Carolina College, Cullowhee, North
Carolina

Received March 27, 1961

The results of kinetic studies on the decarboxyla-
tion of oxalic acid in various polar solvents have
indicated that, in weakly basic solvents, un-
ionised oxalic acid decomposes by a transition-
complex mechanism.l In more strongly basic
solvents primary ionization of the oxalic acid must
occur, the acid oxalate anion then undergoing
decarboxylation.2 In the case of the un-ionized
di-acid, a “supermolecule” cluster composed of
several molecules of oxalic acid apparently takes
part in the rate-determining step,3 whereas, Iin
the reaction in ionizing solvents, the acid oxalate
ion appears to be involved singly.%

Kinetic studies have been reported also on the
decarboxylation of oxamic acid in several non-
aqueous solvents.34 Since oxamic acid is a
weaker acid than oxalic acid it does not ionize as
readily. Also, having but one carboxyl group, it
apparently does not form an association cluster,
single molecules only participating in the rate-
determining step. The reaction has been found
to be reversible in the presence of aromatic amines.

In order to gain more information on this re-
action, and especially in order to ascertain whether
or not non-nitrogenous solvents are able to cata-
lyze the reverse reaction, kinetic studies have been
carried out in this Laboratory on the decarboxyla-
tion of oxamic acid in the solvents triethyl phos-
phate and dimethyl sulfoxide. Results of this
investigation are reported herein.

Experimental

Reagents.— (1) The oxamic acid used in this investiga-
tion was analytical reagent grade, 100.0% assay. (2)
Reagent grade triethyl phosphate was used. Further
purification was effected by distillation of each sample at
atmospheric pressure directly into the reaction flask im-
mediately before the beginning of each experiment. (3)
The dimethyl sulfoxide used in this research was 99.9%
pure, the remainder being water. Distillation of this sol-
vent was not feasible due to its instability at the boiling
point.

Apparatus and Technique.—The kinetic experiments were
conducted in a constant-temperature oil-bath by measuring
the volume of COj evolved at constant pressure, as de-
scribed in a previous paper.6 In each experiment a 0.1585-
g. sample of oxamic acid (the amount required to produce

()
@)
®)
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Clark,
Clark,
Clark,
. Clark,
. Clark,

J. Phys, Chem., 61, 699 (1957).
ibid., 62, 633 (1958).
ibid., 66, 180 (1961).
ibid., 65, 659 (1961).
ibid., 60, 1150 (1956).
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40.0 ml. of C02at STP on complete reaction) was intro-
duced in the usual manner into the dried reaction flask con-
taining a weighed sample of solvent saturated with dry
CO02gas.

Results

The rate of decarboxylation of oxamic acid was
measured in triethyl phosphate and in dimethyl
sulfoxide over a temperature range of about 20°.
At a fixed temperature no appreciable difference
in the specific reaction velocity constant could be
detected when the quantity of solvent was varied
from 50 to 140 g. Generally about 130 g. of sol-
vent was used in each experiment. Duplicate
experiments were performed at each temperature.
In every experiment 95% or more of the theoreti-
cal volume of CO02 was collected. There was
very little tendency for the reverse reaction to
take place in either of these solvents as shown by
the fact that, on allowing the system to remain
intact overnight after decarboxylation was com-
plete, a very few milliliters, if any, of the evolved
CO02 was resorbed. This was a marked contrast
with the behavior of the system using aromatic
amines as solvents. The amines acted as very
strong catalyses for the reverse reaction.34

The plot of log {Moo — Ft) vs. t was linear over
nearly the entire experiment, indicating that the
reaction is first order. The average rate constants
calculated in the usual manner from the slopes of
the logarithmic plots are shown in Table I. The
parameters of the Eyring equation, based upon
the data in Table I, are shown in Table Il, along
with those for the reaction in several other sol-
vents previously investigated. Shown also for
comparison are corresponding data for oxalic acid.

Tabte |

Apparent First-order Rate Constants for the D é-

carboxylation of Oxamic Acid in Dimethyl Sulfoxide

and in Triethyl Phosphate

Temp. h X 10
Solvent (°C. cor.) (sec. “® Av. dev

Dimethyl sulfoxide 140.14 1.87 +0.01
150.72 6.10 + .01
160 69 17.12 + .02

Triethyl phosphate 131.23 1.65. + .01
138.20 4.01 + .02
149.61 15.79 + .02
Tabie Il

Kinetic Data for the Decarboxylation of Oxamic

Acid and Oxalic Acid in Several Polar Solvents"

¢— Oxamic acid— n /— Oxalic acid— -
AH* AS* AH* AS*

(kcal./ (e.u./ (kcal./ (e.u./

Solvent mole) mole) mole) mole)
Aniline3L 59.7 +68.0 40.3 + 16.2
Quinoline4l 47.0 +37.5 38.9 + 15.8
Triethyl phosphatel  40.9 +24.7 289 - 58
Dimethyl sulfoxidel 37.7 +149 40.6 +20.7
8-Methylquinoline43 36.0 + 122 37.7 +13.7

" The first superscript after the name of the solvent, refers
to the source of the oxamic acid data, the second to that
of the, oxalic acid data. For the solvents triethyl phosphate
and dimethyl sulfoxide the single superscript refers to the
source of the oxalic acid data.

Discussion of Results

The solvents listed in Table Il are arranged in
the order of decreasing activation energy for the
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oxamic acid reaction, and this corresponds also to
the order of increasing nucleophilicity. This
coincidence is good verification for the hypothesis
that the rate-determining step of the reaction is
the formation of atransition complex between solute
and solvent.

The AH* values for the oxalic acid reaction
likewise decrease progressively on going from
aniline to quinoline and from quinoline to tri-
ethyl phosphate—thus far in accord with theo-
retical predictions assuming a mechanism similar
to that of the oxamic acid reaction. In each of
these solvents, furthermore, the AH* is higher for
the oxamic acid reaction than it is for that of
oxalic acid, a result which is consistent with the
fact that the polarized carbonyl carbon atom of
oxamic acid has a lower effective positive charge
than does that of oxalic acid.2 In each of these
three solvents it will be observed, also, that the
AS* values for the oxamic acid reaction are higher
than they are for that of oxalic acid in spite of the
nearly equal sizes of the two acids. This cir-
cumstance has been attributed, previously, to
the greater tendency of the dicarboxylic acid to
associate through hydrogen-bonding to form a
“supermolecule” cluster.2

In the solvents dimethyl sulfoxide and 8-
methylquinoline the AH* as well as the AS*
values for the oxalic acid reaction deviate abruptly
from the regular order observed for the oxamic
acid reaction (lines 4 and 5 of Table Il). Evidence
has been presented previously that in these two
solvents primary ionization of the oxalic acid
takes place, the acid oxalate ion, rather than
the un-ionized di-acid, then undergoing decar-
boxylation.2 The fact that, in these two solvents,
the H* values for the acid oxalate ion reaction
are slightly higher than they are for that of oxamic
acid is consistent with the difference in the relative
acidities of these two species.4 It will be noted,
also, that the S* values of the acid oxalate ion
reaction in these two solvents are slightly larger
than those of oxamic acid—a result which is
consistent with the difference in the relative sizes
of the two species.

In quinoline, the enthalpy of activation for
the decarboxylation of oxalic acid is about 8 keal./
mole higher than that of oxamic acid, whereas,
in aniline, it is more than 19 kcal./mole higher
(see Table 11, lines 1 and 2). In view of the fact
that these two amines do not differ appreciably
in basicity (-pK for aniline is 9.42, for quinoline
9.2),6 this abnormally high value of AH* in the
case of oxamic acid in aniline poses a problem.
Inductive and steric effects noted in studies on
the decarboxylation of oxamic acid in the two
primary amines aniline and o-toluidine,3 as well
as in the tertiary amines quinoline and 8-methyl-
quinoline,4 were indicative of the formation of a
transition complex involving coordination between
acid and solvent. Apparently, however, in the
case of primary amines, the orientation of solute
molecules with respect to solvent must differ
from that in the case of other nucleophilic sol-

N A “Handbook of Chemistry,” Sth ed, Handbook

ishers, Irl_:agﬁsw Chio, 1956, p. 1204
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vents. This circumstance may be connected with
the structural relationship of oxamic acid to
a-keto acids, for it has been observed that the
decarboxylation of such acids is specifically
catalyzed by primary amines.7 The fact that
oxalic acid, itself a type of a-keto acid, does not
show this same behavior may be attributed to its
tendency to associate through hydrogen-bonding
to form a “supermolecule” cluster.

Further work on this problem is contemplated.

Acknowledgment.—The support of this research
by the National Science Foundation, Washing-
ton, D. C., is gratefully acknowledged.

(7) J. Hine, “Physical Organic Chemistry,” McGraw-Hill Book

Co., Inc., New York, N. Y., 1956, p. 288.

THERMOCHEMISTRY OF ZIRCONIUM
HALIDES

By A.G. Turnbull
Division of Mineral Chemistry, Chemical Research Laboratories,
C.S.1.R.O. Australia
Received April 1, 1961

Thermodynamic data for zirconium compounds
are accurately known for the oxide and tetrachloride
only.12 Development of a consistent set of heat
of formation and free energy data would assist
in understanding the reactions of ore extraction,
metal reduction and Zr-Hf separation, and also
promises to reinforce the still sketchy ideas on
zirconium solution chemistry.

For the measurement of AH°m of ZrBr4and Zrl4
the direct union of elements in a bomb calorimeter
is difficult to initiate and complete. However
values relative to those of ZrCb and ZrCl4may be.
obtained by suitable solution reactions. These
two independent schemes were used

A. ZrCb(c) + 4NaOTh,. — >
Zroshyd. + 4NaClag + 211.0 (1)
ZrX4c) + 4NaOHag — >
ZKbhyd. - 4NaXag T 2HD (2)
B. ZrCb(c) + 2HD — >
ZrOOH+ag. + 40 a,. + 311+ (3)

ZrX4c) + 2HD — >
ZrOOH+ag. + 4X“ag + 3H+ (4)

Such reactions went to completion in a few minutes
at 25°, giving reproducible final states, and their
validity was based on the recent systematic zirco-
nium chemistry proposed by Blumenthal.3

Experimental

Heats of reaction were measured in a suitably thermo-
stated Dewar vessel containing the glass sample bulb in 100
ml. of solution, glass stirrer, glass covered eonstantan heater
and copper-constantan thermocouple. Temperature rise
was amplified and recorded on a Leeds and Northrup Speed-
omax recorder at 4 in./hr.

The maximum sensitivity was 0.1 cal.,, while heats of
reaction were 100-150 cal. Electrical calibrations before
and after each reaction and for different fillings agreed
within 0.5%, with power measured to 0.2%. To verify
the absence of systematic errors, the heat of solution of

(1) F. D. Rossini, et al., National Bureau of Standards Circular 500,
1952.

(2) P. Kubachewski and E. Evans, “Metallurgical Thermochemis-
try,” 3rd Ed. Pergamon Press, New York, N. Y., 1958.

(3) W. B. Blumenthal, “The Chemical Behavior of Zirconium,”
D. Van Nostrand Co., New York, N. Y., 1959.
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KNOj(c) in 500 moles of water was measured to be 8.55
+ 0.1 kcal/mole in agreement with the best literature
value of 8.56 kcal./mole.1 The heat of breaking the evacu-
ated sample bulbs was measured to be 0.3 cal., representing
only 0.2% of the total heat evolution.

_Samples of ZrBr4 Zrl4and HfCl4were made by halogena-
tion of the pure metals in a silica tube at 500-700°. The
ZrCl4 was made by chlorination of zirconium carbide made
from zircon with a Hf/Zr weight ratio of 0.017. All halides
were vacuum sublimed into thin Pyrex bulbs and the sample
weight found by difference. The chlorides and bromides
were pure white, crystalline solids and it has been amply
shown that such a preparation leads to the formula M X«.3
The iodide was pale orange-brown of formula Zrl4 within
analytical accuracy (calcd. Zr 15.23%, found 15.18%).
Spectrographic analysis of the Hf metal showed only
0.06% total impurity (apart from 2.4% Zr) and the “re-
actor grade” Zr metal had the same order of purity, so that
no correction of reaction heats for impurities was warranted.

Results

A. Reaction with NaOH.—The solid halides
were treated with a small excess of aqueous NaOH,
using a halide to water molar ratio of 1:1500.
No dependence on sample weight was observed,
as expected at such high dilution. The product
was pulpy white hydrated Zr02 in all cases. It
was verified by separate measurements that the
effect of the small excess of NaOH on AHZXs of the
NaX product was negligible. Also the solubility
of Zr02in the excess NaOH was extremely small.4

Since the Zr contained 1.7% Hf and the Hf
contained 2.4%, Zr, it was possible to solve simul-
taneous equations and find the heats of reaction
of the pure tetrachlorides. The correction was
negligible for ZrCl4 and only 0.3 kcal./mole for
HfCl4 The elements are so similar that any heat
of mixing should be quite negligible. Values of
AH for reactions 1 and 2 are given in Table I.
Beck5treated ZrCl4with NH40H (aq), but his single
value of —54.3 kcal./mole apparently is in error.
Combination of reaction heats with values of
AH298 for NaOH(aq), NaCl(aq), NaBr(aq) and
Nal(aqg)land the latest value for ZrCl4(c) of 234.7 +
0.4 kcal./mole6led to values of Aff@Bfor ZrBr4(c),
—182.2 =+ 0.7 kcal./mole and Zrl4(c) —115.6 *
0.8 kcal./mole.

Table |

Heats of Reaction

NaOH

ag. mo
—AH (kcal./mole) —AB (kcal./mole)

Material
Zr(1.7%Hf)Cl4c) 103.2, 102.1,102.8 59.1,59.3, 58.5
ZrChfc) 102.7 59.0
ZrBr4(c) 110.4,110.7,111.3 68.6, 69.0, 68.6
Zrl4c) 114.6, 115.2, 115.8 70.5, 71.3, 70.9,
71.1
Hf(2.4% Zr)Cl4c) 108.7 65.7
HfCh(c) 109.0 66.0

B. Reaction with Water,—The solid halides
were treated with water to give clear, colorless
solutions. As above, the molar ratio was about
1:1500 and no dependence on sample weight was
observed. The correction for the Hf content of
the ZrCl4 was again negligible. Values of AH for
reactions 3 and 4 are given in Table I, and combined
with values of AH°mSfor HD, HCIl(aq), HBr(aq)

(4) F. K. McTaggart, Rev. Pure Appl. Chem., 1, 152 (1951).

(5) G. Beck, Z. anorg. allgem. Chem., 174, 31 (1928).

(6) P. Gross, C. Hayman and D. L. Levi, Trans. Faraday Soc., 53,
1285, 1601 (1957).

Notes 1653

Mole NaOH/'mole ZrCl4

Fig. 1—Thermometric titration of 0.01 m ZrCl4 with
4 M NaOH.

and Hl(aq),land ZrCl4(c)6 led to values of A°HZB
for ZrBr4(c), —181.0 + 0.5 kcal./mole and Zrl4(c),
—116.3 + 0.8 kcal./mole.

For the thermometric titration of N/40 ZrCl4
with N/40 NaOH, Chauvenet7 found —46 kcal./
mole, which compares well with —43.7 kcal./mole
found here from the difference of reactions 1 and 3
for a similar order of concentration. This titration
was repeated to provide an independent check on
the above results. A ZrCl4 solution was titrated
with 1cc. of 4 M NaOH using a syringe-type micro-
buret inside the calorimeter. As shown in Fig.
1 the total heat evolved up to the equivalence
pointwas —44.5 kcal./mole, in good agreement with
the above value. The initial slope of the titration
curve, —13.6 kcal./mole, corresponded within
experimental error to the heat of the reaction

H++ OH_4m NCH-—> HD

After two moles of NaOH per mole of ZrCl4 had
been added, neutralization of the zirconium cation
evidently commenced as the rate of heat evolution
fell.

Discussion

There appears to be no significant difference in
values of AHZpfor ZrBr4(c) and Zrl4(c) obtained by
the two methods. The final average values are
—181.6 + 0.6 kcal./mole and —115.9 + 0.8 kcal./
mole8 respectively, which are considerably lower than
previous estimated values, —192 + 10 kcal./mole
and —130 + 5 kcal./mole,2 respectively. En-
tropies >33 of ZrBr4(c) and Zrl4(c) have been esti-
mated by the method of Latimer9to be 52.1 = 5
and 67.5 + 5 cal./°mole, respectively, leading to
values of AF293 of —1725 * 2 and —116.6 = 2
kcal./mole, respectively. For ZrCl4(c) the value
of AFPms is —213.4 * 0.6 kcal./mole, calculated
from the best reported values of AHIw and SVY2-
When values of AHmS for the tetrahalides of Ti,
Zr and Th are plotted against values for the cor-
responding oxides, the regular shape of the curves
confirms the new values for ZrBr4 and Zrl4 and
(7) E. Chauvenet Compt. rend., 164, 630 (1917).

(8) Standard states assumed to be Zr(c), CMg), BnQ), 12(c).

(9) W. M. Latimer, “Oxidation Potentials,” 2nd Ed., Prentice-Hall
Inc., New York, N. Y., 1952.
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enables prediction of —160 = 5 kcal./mole for
AIN>9sof Tht4(r).

The value of A//ZB for hydrous Zr02 —260.3
+ 0.6 kcal./mole, found from reaction 1, is not
significantly different from that reported for
monoclinic Zr02 —261.5 = 0.2 kcal./mole. This
would indicate that the water in ZrC2 hyd. must be
only loosely held by physical trapping in the micelles
of the solid. There is slight X-ray evidence re-
ported of a tetragonal arrangement of Zr02in the
hydrous form on heating to below 600°,3 but the
difference in AH between monoclinic and tetragonal
is only about 1 kcal./mole.2 Latimer9already has
cast doubt on the heat of hydration of Zr02 of
—25.3 kcal./mole previously reported.1

From reaction 3 the value of AHIm for the ZrO-
OH+(aq) ion is —270.7 + 0.5 kcal./mole.

Acknowledgments.—The author wishes to thank
Mr. N. Gye for chemical analyses and Mr. I. E.
Newnham for continued support and advice.
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Although it is now well established that high
pressures have a profound influence on the rates
and products of free-radical polymerizations in the
liquid phase,23it appears that very little work has
been done on ionic polymerizations under pressure.
Kilroe and Weale4have examined the cationic poly-
merization of a-methylstyrene catalyzed by tri-
chloroacetic acid, and found it to be accelerated
by an increase in pressure in much the same way
as the free-radical polymerization of the same
monomer. But the kinetic form of this reaction is
unknown, even at atmospheric pressure,5and it is
difficult to draw any useful conclusions from the
results.

Here we report some measurements of the effect
of pressure on the rate of polymerization of iso-
amyl vinyl e:her, catalyzed by iodine. Eley and
Richards7and Eley and Saunders8have made a de-
tailed study of this type of polymerization at at-
mospheric pressure and concluded that it occurs
by a carbonium ion mechanism, initiated by I+
ions. This supposition is supported by more re-

(1) Now at the School of Biological Sciences, University of New
South Wales, Sydney, Australia.

(2) S. D. Hamann, “Physico-Chemical Effects of Pressure,” Butter-
worths, London, 1957, pp. 189-192.

(3) M. G. Gonikberg, “The Rates and Equilibria of Chemical Re-
actions at High Pressures,” Acad. Sci. U.S.S.R., Moscow, 1953, pp.
156-167.

(4) J. G. Kilroe and K. E. Weale, J. Chem. Soc., 3849 (1960).

(5) The kinetics may be the same as those for the cationic poly-
merization of 1:1 diphenylethylene (i.e., a-phenylstyrene) under the
same conditions,6but this has not been proved.

(6) A. G. Evans, N. Jones and J. H. Thomas, J. Chem. Soc., 1824
(1955).

(7) D. D. Eley and A. W. Richards, Trans. Faraday Soc., 45, 425
(1949).

(8) D; D= Eley and J. Saunders, J. Chem* Soci, 4167 (1952).
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cent, evidence9 that, although vinyl ethers are re-
sistant to attack by free radicals, they are readily
attacked by the stable tropylium carbonium ion.

In the present work we have examined the poly-
merization both in diethyl ether solution and in
the undiluted monomer, at pressures up to 10,000
atm.

Experimental

The reactions were carried out in glass hypodermic tubes,
sealed with sliding glass plugs, and immersed in petroleum
ether in a pressure vessel similar to the one described by
David and Hamann.D The progress of each polymeriza-
tion was followed by extracting samples of the reaction
mixture, quenching the reaction with an aqueous solution
of sodium thiosulfate, and estimating the amount of polymer
by removing the unchanged monomer and solvent by pro-
longed evaporation at 75° and 0.04 mm. The average mo-
lecular weight of the polymer was measured cryoscopicallv in
benzene solution.

The sample of isoamyl vinyl ether was kindly given to us
by the Distillers Co., England, and was purified by frac-
tionation under vacuum. The diethyl ether was dried over
sodium.

The reaction mixtures in diethyl ether were prepared by
first dissolving iodine in the solvent and then adding the
monomer. In the absence of solvent, the addition of solid
iodine to the pure monomer caused a violent poljmierization
before the iodine could fully dissolve.ll For the reactions
in the “undiluted” monomer we were therefore forced to
add the iodine in the form of a concentrated solution in
diethyl ether. It is unlikely that the small amount of diethyl
ether introduced in this way (1% of volume) would have
affected the kinetics.

Results and Discussion

Reactions in Diethyl Ether Solution.—In the
ether solutions we confirmed Eley’s78 Kkinetics

(where [M] = concentration of monomer, [f2] =
concentration of iodine) at atmospheric pressure,
but we found discrepancies at higher pressures.
It was obvious that iodine was consumed during
the high pressure reactions and in some instances
no free iodine was left after 40 minutes (starting
from a concentration [I12)(= 0 = 0.001 mole 1._1).
It appeared that the iodine had formed a strong
complex or an addition compound with the vinyl
ether. This could be hydrolyzed, with the libera-
tion of iodine, by adding a little water to the mix-
ture.

To avoid this complication we were compelled to
work at pressures below 1500 atm. and to estimate
the rate constants from the initial slopes of the
reaction curves over fairly short times. Our re-
sults are given in Table I.

Although the rate constants may not be very
accurate, there is no doubt that the reaction was
accelerated at high pressures. On the other hand
there was no significant change in the degree of
polymerization between 1 and 1000 atm. This is
not surprising since the degree of polymerization
is determined by the ratio of the rate constants
(&3 and A5 in the notation of Eley and Saunders§
for two closely analogous reactions between grow-
ing polymer and monomer. It is understandable

(9) D. N. Kursanov, M. E. Yolpin and I. S. Akhrem, DoJclady Ahad.
Nauk S.S.S.R., 120, 531 (1958).

(10) H. G. David and S. D. Hamann, Trans. Faraday Soc., 50, 1188
(1954).

(11) W. Chalmers, can. 3. Xes., B7, 464 (1932).
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Table |

Polymerization of Isoamyl Vinyl Ether in Diethyl

Ether Solution at 0°

[M]l(=0 = 0.8 mole I.-1, [IZh=0 = 0.001 mole I.-1

Pressure, atm. k sec. 1mole-2 1-2 Mol. wt. of polymer
1 5.0 2300 *200
500 6.6
750 9.6
1000 13.2 2500 *200

that, these two reactions should be influenced
similarly by a change of pressure.2
Unfortunately we are unable to decide definitely
which step in the polymerization was primarily
responsible for the acceleration at high pressures.
But it certainly appears that the effect of pressure
on the initiating steps
2>— U + b 2)
I++ M— >MI+ (3)

could be sufficient to account for the whole ac-
celeration. Taken together, reactions 2 and 3 are
identical with the rate-determining step in the
addition of iodine to olefins in solvents of low di-
electric constant13i4

212+ R,C=CR2— RX—CR2+ I3 @)

We have found previouslyM that this reaction is
accelerated by a factor of 3.1 at 1000 atm., which
is close to the change shown in Table I. The reac-
tion is favored by an increase in pressure because it
involves the appearance of electrical charges and a
consequent électrostriction of the surrounding
solvent. 56

Reactions in Undiluted Monomer.—In these
experiments the iodine reacted completely and al-
most instantaneously with the monomer to form a
colorless complex, or addition compound, having
an absorption band at 280 m/t. This was presum-
ably the “ inactive complex”

CH2

RO—CH

discussed by Eley and Saunders.8 However we
found that the complex was active as a catalyst,
and that the vinyl ether proceeded to polymerize
slowly according to the rate equation
k [Mb], (IM] » [MDb]) (5)
where [ME] denotes the concentration of the
iodine complex. In contrast to the polymerization
in diethyl ether solution, this reaction was well
behaved under pressure and we were able to make
measurements to 10,000 atm. without complica-
tions. Our results are given in Table I1.

(12) It is significant that Eley and Saunders8 have found than al-
though a change in the structure of the vinyl ether may have a large
effect on the rate of polymerization, it has only a small effect on the
degree of polymerization.

(13) C. K. Ingold, “Structure and Mechanism in Organic Chemis-
try,”" G. Bell and Sons Ltd., London, 1953, p. 666"

(14) S. D. Hamann and D. R. Teplitzky, Disc. Faraday Soc., 22, 114
(1956).

(15) J. Buchanan and S. D. Hamann, Trans'. Faraday Soc., 49, 1425

11953).
(16) Reference 2, p. 164, et seq.
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Table |l
Polymerization of Pure Isoamyl Vinyl Ether at 0°'1

[MI,] = 0.0010 mole 1~1

Pressure, 103&
atm. sec.“1mole-11
1 1.5
1,000 4.5
2,000 7.8
3,000 11.0
10,000 40

° The molecular weight of the polymer was not deter-
mined.

We can explain the change of reaction order
with respect to the total amount of iodine (equa-
tions 1 and 5) in the following way. In diethyl
ether solution the initiating step (2) requires the
presence of two I12molecules and for this reason the
rate of polymerization is of the second order in
[12]. But, in the undiluted monomer, the absence
of any free iodine rules out the possibility of reac-
tion 2 and we suggest that instead the initiation
occurs through breakdown of the addition complex
as

Mb + M—> MU + MU (6)

This mechanism implies that, in the presence of a
large excess of monomer, iodide ions can form
complexes with the monomer in the same way as
they do with iodine. This is a reasonable sup-
position since it is known that iodide ions form
strong complexes with other olefinic compounds
such as maleic anhydride.I7 Initiation by reac-
tion 6 would lead to over-all kinetics of the first
order in [ML.].

It is likely ‘hat reaction 6 proceeds through a
transition state in which the initial I-1 bond is
partially ionized. It is closely analogous to re-
action 2 and it should be similarly accelerated by
pressure. We can therefore conclude, again, that
the increase in rate of the initiating step could ac-
count for the whole of the influence of pressure
on the polymerization. But on the present evi-
dence we are unable to be sure that it is the only
factor involved.

a7) E. M. Kosower, R. L. Martin and V. W. Meloche, J. Chem.
Phys., 26, 1353 (1957).

CRYSTALLIZATION ON A SEED FROM
FUSED SALT SOLUTIONS BY THE
TEMPERATURE DIFFERENCE METHOD

By G. F. Reynolds and H. J. Guggenheim

Bell Telephone Laboratories, Inc., Murray Hill, New Jersey
Received April 14, 1961

Recently considerable success has been obtained
in the growth of single crystals of refractory oxides
and other water-insoluble materials from fused
salt solutions. With a little perseverance, one can
usually find a salt or combination of salts which
will dissolve, reversibly, in the molten state, con-
siderable quantities of the material to be crystal-
lized. The main criterion for success is that the
crystal desired exists as the stable solid phase at
the temperatures and compositions of molten solu*
tion employed.
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Analogous to crystal growth from aqueous solu-
tions, there are three major methods by which
single crystals can be grown from fused salt solu-
tions. These are: (1) growth by the slow cooling
of a saturated solution; (2) growth by the evapora-
tion of the solvent phase and (3) growth by the
temperature difference method, sometimes known
as the Kriiger-Fincke principle.1

Examples of the application of the first method to
fused salt solutions are the growth of single crystals
of barium titanate from molten potassium fluoride2
and magnetic garnets from molten lead oxide.3
The second method occasionally has been em-
ployed,#but it is handicapped by the difficulty in
obtaining controlled evaporation and the high
temperatures required. The third method, growth
by a temperature difference between a nutrient
zone and a crystallization zone, has not previously
been exploited for growth from fused salt solutions;
and it is the purpose of this note to present the
results of a preliminary investigation of the exten-
sion of this method to fused salt systems.

The procedure as outlined in the experimental
section describes the growth of cobalt ferrite from
molten sodium tetraborate as an example of the
application of the temperature difference method
to fused salt solutions. This method also has
been used with some success for growing calcium
fluoride from a lithium chloride-potassium chloride
eutectic mixture.

Experimental

Figure 1 shows the details of the apparatus used in these
experiments. Since the control of temperature differential
and fluctuation were believed to be most important to the
controlled growth of crystalline material on a seed from a
fused salt solution, care was taker, in the design and con-

(1) F. Kruger and W. Fincke, German Patent 22824f>, KI. 120,
Gr. 2. Nov. 5, 1910.

(2) J. P. Remeika, J. Am. Chem. Soc., 76, 940 (1954).

(3) J. W. Nielsen and E. F. Dearborn, Phys. Chem. Solids, 5, 202
(19.58).

(4) V. A. Timofeeva and A. V. Zalesskii,
(1958).
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struction of the furnace equipment. Some features of the
furnace are as follows: (1) High temperature alumina brick
and alumina fiber were used as insulation, and all the space
around the crucible inside the furnace was filled with in-
sulation to give a larger thermal mass. (2) Many taps
leading from the furnace winding were made available
in order to vary the voltage distribution over the length
of the furnace to give flexibility in adjusting the tempera-
ture differential. (3) Platinum baffles were fixed inside
and outside of the crucible to effect a sharp thermal gradient
between the nutrient chamber and the crystallization
chamber. (4) A thin wall platinum tube attached to the
inside wall of the crucible made it possible to telescope a
thermocouple, up or down, to record temperatures at dif-
ferent levels in the molten solution. (5) The platinum rod
used for holding the seed was extended out of the furnace
and attached to a motor for stirring the solution and rotating
the seed. (6) A tightly fitting platinum cover on the cru-
cible made the loss of material by vaporization negligible.
(7) A saturable core reactor temperature controller was em-
ployed to give a stepless temperature control.

The procedure followed in obtaining growth on a cobalt
ferrite (CoFe2 4) seed by the temperature difference method
was as follows.

The CoFed 4 which was used for nutrient and seed ma-
terial was prepared by crystallizing sintered CoFe2 4 from
a slowly cooled PbO solution.6 These crystals were un-
usually large, but badly flawed by cracks and solvent in-
clusions. The sodium tetraborate (borax) which was used
as the solvent in most of the experiments was prepared by
heating sodium metaborate with boric anhydride. The
solution was prepared by mixing CoFed 4 sintered powder
with borax and heating to 1100° for 48 hours. The molten
liquid was then decanted into an iron dish leaving behind
the undissolved CoFe24. This procedure ensured a
solution very near the saturation point.

The bottom two inches of the platinum crucible were
filled with crystalline CoFe4. The baffle and thermo-
couple protection tube were put in place and the crucible
was filled with chunks of the saturated solid solution of
ferrite in borax. The crucible was lowered into the furnace
and the temperature slowly raised until all the solid solution
was molten. Additional chunks were added until the charge
was full. When all of the material above the baffle was
liquid, the stirring apparatus without the seed was lowered
into the solution and the furnace plug put into place in
order to make accurate temperature measurements. The
temperature above the baffle was raised to 1120°. After
24 hours under these conditions, the temperature was
lowered 30° in order to supersaturate the solution. The
stirring apparatus then was withdrawn and a small seed
attached. After preheating, the seed was lowered into the
solution and stirring begun. From time to time the seed
was withdrawn for inspection, and the amount of growth
noted.

Results and Discussion

Employing growth times of 2 to 20 hours, tem-
perature differences of 10 to 50°, and crystal-
lization temperatures of 1100 to 1200°, one ob-
tains growth rates averaging 5 tveight % increase
per hour. These crystals were grown to twice
the original seed size and measured 1 to 1.5 cm.
in the largest dimension. The growth occurred
by means of terraces parallel to the 111 octahedron
faces. In several runs it was noted that when
spontaneous nucleation produced crystals on the
stirring rod above the seed, these crystals developed
into regular octahedra with smooth 111 faces.
This would lead one to infer that the imperfections
(both stoichiometric and crystallographic) in the
crystal seed caused the irregular growth features.

Although the temperature difference method has
several intrinsic advantages, and has worked ad-
mirably for growth from aqueous solutions6 and
for hydrothermal crystal growth,7 its application

(5) J. P I%n’eﬂ@, J.Am. Chem. Soc,, 78, 4259(1%6)
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to fused salt solutions presents a number of dif-
ficulties.

It was found that even though the “average”
temperature of the growing chamber could be held
almost constant, still hot currents existed which
would cause a crystal seed to dissolve at one posi-
tion in the crystallization zone while at the same
time to grow in another. For this reason, an ap-
paratus was designed for the rotating of the seed
concurrently with the stirring of the solution in
order to dissipate these hot currents.

Further, it is difficult to obtain a sharp tempera-
ture gradient between the nutrient and crystal-
lization chambers in the vertical furnace employed
in this work with but a single inner baffle because
of the efficient heat conduction of the platinum
crucible containing the fused salt solutions. How-
ever, it was found that by employing an outer
baffle of platinum around the cylindrical crucible
to reflect the furnace heat downward, together with
a properly positioned inner baffle, a fairly sharp
temperature gradient of up to 80° could be obtained.

Once these difficulties are overcome the tempera-
ture difference method should be capable of yield-
ing crystals of high perfection. This is because
the crystal is grown under isothermal conditions
and, hence, should have a minimum of thermal
strains, and also because by controlling the magni-
tude of the temperature difference, the crystals
can be grown at any desired constant supersatura-
tion. If the stoichiometry of the crystals can be
used as a measure of their perfection, then the
CoFed 4 crystals grown as described above are
superior to the CoFe 4 crystals previously grown
by the slow cooling of molten solutions of Pb02
They have a Co to Fe ratio of 0.50, whereas the
aforementioned crystals gave a Co to Fe ratio of
anywhere from 0.56 to 0.67,8 as determined by
direct analysis.

Work is now in progress to grow larger crystals
using longer growth times, and to increase crystal
perfection and minimize spontaneous nucleation by
finding optimum conditions of supersaturation and
temperature. Also, this investigation is being
extended to other crystals and other fused salt
solvent systems.

(6) A.C. Walker and G. T. Kohman, Bell Telephone System, Tech.
Pub., Monograph B-15G2; also, Trans. Am. Inst. Elec. Engrs., 67, 565
(1948).

(7) R. A. Laudise and J. W. Nielsen, “Hydrothermal Crystalliza-

tion, Solid State Physics,” Academic Press, New York, N. Y., in press.
(8) J. W. Nielsen, private communication.

SPIN-SPIN COUPLING CONSTANTS
BETWEEN NON-BONDED CI3AND PROTON.
11.1 DEPENDENCE OF Jc'*<c-n ON
HYBRIDIZATION OF C13

K akabatsos, John D. Gkaham and

Floie Vane

By Geeasimos J.

Kedzie Chemical Laboratory, Michigan State University, East Lansing,
Michigan
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Theoretical and experimental studies on n.m.r.
interactions between non-bonded H-H, H-F and
(1) Part I, G. J. Karabatsos, J. Am. Chem. Soc., 83, 1230 (1961).
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F-F have been carried out and published, -while
analogous studies involving non-bonded C13 and
protons have not been made.1 We wish to report
here some of our findings involving C13 and pro-
tons separated by one carbon atom.

The spin-spin coupling constants (Jcif c- h)
for eleven compounds were measured and the
results are summarized in Table I. The enrich-
ment in the samples varied from 30 to 60% excess
C13 All spectra were taken with a model V-
4300D Yarian Associates Spectrometer, at 60 Me.;
spin-spin coupling constants were measured by
the standard side band technique.2

The data fall into three categories: (1) When
the C1is sp3hybridized Jc'- -c-ir has an average
value of about 4.0 c.p.s. (2) When the C13is sp2
hybridized the average value of Jcu- c- h is about
5.9 c.p.s. (3L When the hybridization of C13 is
sp the value of Jc>%c- h is about 10.6 c.p.s.
(only one value available).

It has been shown3 that for protons directly
bonded to C13 a linear correlation exists between
the magnitude of / cij- h and the extent of sp
hybridization of the carbon atomic orbitals.
The data presented in Table I show that this cor-
relation is a general one and can be applied to
interactions between C13 and protons separated
by two bonds. If a plot of Jci~c-h vs. % s
character of C13 atomic orbitals is made, a linear
relationship is obtained (Fig. 1). However, while
no appreciable intercept is found3 in the case of
Jcu-H, an intercept in the case of ./ow c-h is
evident. In order to assess the importance of
the Fermi contact term theoretical calculations
were performed, using the procedure of Gutowskv
and Karplus.4 The following assumptions were

(2) J. T. Arnold and M. E. Packard, J. Chem. Phys., 19, 1008
(1951).

(3) (@) J. N. Shoolery, ibid., 31, 1427 (1959);
D. E. Pritchard, ibid., 31, 768, 1471 (1959).

(4) H. S. Gutowsky, M. Karplus and D. M. Grant, J. Chem. Phys.,
31, 1278 (1959).

(b) N. Muller and
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made: (1) The Fermi contact, term is the im-
portant one, and (2) replacing a proton by C13
does not change the coefficients in the ground state
wave function.5 The electron density at the
C1 nucleus was estimated from the appropriate
terms in the square of the hybrid carbon bonding

orbital (normalized), which is a2 . A 2s hydro-
Table |
Compound 7ci3ch(cps.)

CHS—C]I:i)z—CHKZHZS 6.0 + 0.1
(CHs—CH,)i:fS:O 57 £ i
CH3—CH*—con 6.4 £ .2
CH3—CH2—(1:?E)iCHs 05+ 3
(OHS’)KZH—]cSoZ:h3 56+ 1

2 52d 1

(OH3XH—co X
a 13 B

(CH3)%(OH)C[I;|2—CH3(a) 41 dr .1 () 40z 0.1
a
(CH3Z(CI)CH2—ch 3 («) 39+ 1R 3.7d .2
13
ch3—ch2—%D.OH <4
(CH&CHZ)Z]ZS(D)OH 40 dr .2
(CH3—CH23COH 3.8d .2
a 13 R
CH3-C=C—Hc (a) 10.6 03) 50.8

“ Values taken from J. N. Shoolery, J. Mol. Spec., 63,
110(1960).

gen-like wave function was used with Z = 3.25
and evaluated at r — 0. The difference in mag-
netic moments of C13 and proton was taken into

'k = + b&p
account, and a mean excitation energy of 8.0 c.v.

was used. The CBC-FI angle was taken as
tetrahedral.

The results are as follows: (1) For sp3hybridi-
zation Jc'3 c- h = 3.8 c.p.s. (2) For sp2 h
= 51 c.p.s.; (3) For sp, Jc»-c-h = 7.6 c.p.s.
Surprising agreement between experiment and
theory is found, indicating that the Fermi contact
term is the dominant term, even when the proton
is not directly bonded to C 13 (two bond separation).

The small variations in s c«-c- » when the C13
is sp2hybridized could arise from the fact that sp2
is an approximation; it is widely accepted that
non-integral values of n in sp" are not unreasonable.
The question of the magnitude of ./o'- c- h with
variations in the Cqu- c- h angle is an interesting
one, and we hope to elucidate it by studying com-
pounds where the cai'bon separating the interacting
nuclei is part of various ring systems.

The synthesis of the labeled compounds will
appear elsewhere.

Acknowledgment.— Acknowledgment is made to
the donors of the Petroleum Research Fund, ad-
ministered by the American Chemical Society.

A sinmilar approximation hes been used in the case of M
Iésr)im, J. chem, Rhys, 80, 11 (1959). 79
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COMPLEXES OF IRON WITH <f-TARTARIC
AND meso-TARTARIC ACIDS

By R. W. Green and Gwenda M. Parkins

School of Chemistry, Sydney University, Sydney, Australia
Received May 1, 1960

The only reported quantitative measurement of
complexing of iron(l11) by tartrate appears to be a
disssociation constant of 0.9 X 10~18 determined
polarographically for the tris-(tartrato) complex by
Toropova,lwho states this to be the only complex in
solution between pH 3.4 and 7.0. On the other
hand, Bobtelsky and Jordan2found a variety of evi-
dence for a complex Fe2(HZI)3 and two different
complexes Fe3HZI)5+, where tartaric acid is
written H4T. We describe here the effect of d-
tartrate and meso-tartrate on the oxidation-reduc-
tion potentials of solutions of iron(ll) and iron(I111)
below pH 4.

Experimental

Iron(Il) and iron(l1l) perchlorates were prepared and
analyzed by standard methods. d-Tartaric acid (Analar)
and meso-tartaric acid (Laboratory Reagent grade), both
from British Drug Houses, Ltd., were estimated in solu-
tion by potentiometric titration with standard alkali.

All measurements were made in a closed cell at 25 + 0.02°.
Solutions were stirred by a stream of nitrogen previously
freed from traces of oxygen and carbon dioxide and equili-
brated with boiled water at 25° before entering the titration
vessel. Oxidation-reduction potentials were measured
with a Leeds and Xorthrup Model K potentiometer con-
nected to a bright platinum electrode and a saturated calo-
mel half cell, the two being joined by an ammonium nitrate-
sodium nitrate agar bridge.3 pH measurements were made
with a Cambridge portable pH meter, using the same calo-
mel half cell and salt bridge, and glass electrodes stand-
ardized against 0.05 M potassium hydrogen phthalate and
0.05 M potassium tetroxalate.4 Dissociation constants of
the two acids wore determined from pH titrations of 0.02 m
solutions, and stability constants of the iron(ll) complexes
were similarly obtained by titration of 0.02 M iron(ll)
perchlorate containing one or two moles ligand. The stabil-
ity of the iron(lll) complexes was investigated by simul-
taneous oxidation-reduction and pH measurements on
solutions of one mole iron(ll), one mole iron(lll) and six
moles ligand, together with sufficient sodium hydroxide (0-
10 moles) to produce pH values between 1.5 and 4.0.

Results

Dissociation constants of the two acids at ionic
strength approximately 0.05, calculated from the
pH titration data, are shown in Table I, together
with values corrected for activity by the simple
Giintelberg5formula for a 2-valent ion

-log 7z = 0.5zVv/I(1 + Vi)

The corrected values for d-tartaric acid are in
reasonable agreement with the results obtained by
Bates and Canham6with a hydrogen electrode in a
cell without liquid junction; and the values for
mcso-tartaric acid, which is noticeably weaker,
agree fairly well with those reported by Feldman,
North and Hunter7for ionic strength 0.133.

(1) V. F. Toropova, J. Gen. Chem. (U.S.S.R.), 15, 603 (1945).

(2) M. Bobtelsky and J. Jordan, J. Am. Chem. Soc., 69, 2286
(1947).

(3) D. D. Perrin, J. Chem. Soc., 3120 (1958).

(4) V. E. Bower and R. G. Bates, J. Research Natl. Bur. Standards,
59, 261 (1957).

(5) E. Giintelberg, Z. physilc. Chem., 123, 199 (1926).

(6) R. G. Bates and R. G. Canham, J. Research Natl. Bur. Stand-
ards, 47, 343 (1951).



Sept., 1961

Table |

Dissociation Constants of Tartaric Acids and Sta-

bility Constants of Complexes with lron(ll)

lonic dTartaric  meso-Tartaric
strength acid acid
pKi 0.05 2.93 3.11
Corr. to zero 3.11 3.29
pK, 0.05 3.90 4.40
Corr. to zero 4.26 4.76
log K u 0.05 2.61 2.45

Complex formation between iron(ll) and the
tartaric acids is quite weak and, under the condi-
tions of our experiments, only one stage was detect-
able. The stability constants, Ku, calculated in the
conventional manner on the assumption that the
ligand is the normal anion, C4H4C82/ are also shown
in Table I.

In the case of iron(l11), the experimental results,
in the form of E vs. pH curves, are plotted in Fig. 1
Treatment of the data is based on the equations

E0" — E = 0.05915 log [Fe3+]/[Fe2+] (€D)
[Fe(1l)] = [Fe2+] 1 + rRn [HZT2D )
[Fe(11)] = [Fe3+] + [Tartrato complexes] (3)

where EQ is the standard electrode potential, EQ,
modified by any approximately constant terms,
such as liquid junction potential, inherent in the
experimental arrangement. Measurements in the
absence of tartrate gave the value —0.756 v. for
Eo'. Equation 2 is based on the absence of higher
iron(l1l) complexes at this concentration, and
equation 3 assumes negligible hydrolysis and per-
chlorate ion pair formation, as indicated by re-
ported values of the relevant equilibrium con-
stants.89

Determination of the probable nature of the
complexes and evaluation of their stability con-
stants is now a matter of successive approximation
and curve fitting. This presents a formidable
problem in computing which, however, is somewhat
moderated by two experimental conditions, namely,
the presence of free ligand in some excess, and the
fact, which can be deduced from the oxidation-
reduction potentials of Fig. 1, that, even at pH 15
only about 1% of the total iron(ll1l) remains un-
complexed. Moreover, the course of the E vs.
pH curve proves to be remarkably sensitive to
small changes in stability constants.

Consideration of molecular models and of the
high polarizing power of the Fe3+ ion suggests
that the first complex probably involves a six-
membered ring with one carboxylate group and one
hydroxyl oxygen coordinated to the metal, result-
ing in the equilibrium

Fe3+ + CHD Fe(CHD 6 + H+

governed by the expression ft = [FeHT][H+]/
[Fe3+][HZT 2-].

Calculation by successive approximations showed
that this assumption could account for the observed
oxidation-reduction potentials below pH 3 for d-
tartaric acid and below pH 2.4 for meso-tartaric

acid, but that a higher complex began to appear

(7) 1. Feldman, C. A. North and H. B. Hunter, J. Phys. Chem., 64,
1224 (1960).

(8) L. G. SillEn, Quart. Rev., 13, 146 (1959).

(9) K. W. Sykes, J. Chem, Soc., 2473 (1959).
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Fig. 1.—Oxidation-reduction potentials of solutions con-
taining equimolar proportions of iron(ll) and iron(lll)
together with an excess of d-tartarie acid, O, or meso-
tartaric acid, =, at ionic strength 0.1. Unbroken curves are
calculated from stability constants of Tablesl and I | . ------ ,
calculated on the assumption that only one complex,
FeHZT +, with log B = 8.2, is formed;-—- , calculated
on the assumption that only one complex, Fe3HZI )%+,
(ref. 2) with log 8 = 24.0, is formed.

at higher pH. Extension of the calculations showed
that the second tartrate ion was bound without
liberation of another proton, so that binding must
now be at the carboxylate groups, and the equilib-

rium is
Fe(CHD O + CHD N +:
governed by
ft =

Fe(CHD 6)(CHD 62

[Fe(HT)(H2T)2'J/[FeHT] [H2T 2]
The numerical values of log ft and log ft are shown
in Table I1.

Table Il

Stability Constants of lron(lll) Complexes
d-Tartaric acid raeso-Tartaric acid

lonic strength 0.05 0.10 0.05 0.10
log ft 5.45 5.89 5.45 5.85
log ft 8.1 9.0

A number of other possible formulations of the
complexes were tested by the same computational
technique. The assumption of three successive
complexes, Fe(H*T)+, Fe(H2r)2~ and Fe(H2ZI33
with carboxylate coordination only, fitted the ex-
perimental data moderately well for about 80%
of the range, but diverged at the extremes and,
moreover, required three parameters. Other for-
mulas, suggested by other authors, gave curves of
quite the wrong slope. Examples are shown in
Fig. I.

%Ne conclude that solutions of iron(l11) and tar-
trate below pH 4 contain two complexes, | and I,
in equilibrium.

'00C CH—O-
| ?2Fe(HD)4
HO—CH—COQ/

HD
O0OC—CH—O-" I HOC—CH—OH
">Fel !
HO— CH—COO/ I \OOC—CH—OH
HD
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THE RACEMIZATION OF THE DIMETHYL
ESTER OF Z-BROMOSUCCINIC ACID BY
LITHIUM BROMIDE IN ACETONE

By J. O. Konecny

Shell Development Company, Emeryville, California
Received May 8, 1961

The racemization of the dimethyl ester of I-
bromosuccinic acid by lithium bromide in acetone,
investigated by Olson, Frashier and Spietb,1 has
been interpreted as a reaction with the rate law

L(Br~) + fc(LiBr) Q)

The pseudo-unimolecular rate r is an increasing
function of the lithium bromide concentration
and a very slowly decreasing function of the initial
(i.e., total) ester concentration. A good fit of the
data, representing a wide range of experimental
conditions, has been obtained with properly selected
values of k, and k2 and of K, the apparent ionization
constant of lithium bromide. The value of K was
taken to be independent of the ionic strength in
the experimental range of lithium bromide con-
centrations.

Professor Olson himself, however, deemed a
test of this interpretation desirable and therefore
suggested a determination of the ionization con-
stant of lithium bromide in acetone. The results2
do not agree completely with those derived by
Olson and his co-workers from the Kinetic data.
The rate data therefore were re-examined on the
basis of the new ionization constants. The new
interpretation leads to a simpler representation.
There is no indication of a lithium bromide cata-
lyzed path; the rates are proportional to the con-
centration of bromide ions.

-d Incsdl = r =

Results

The results for anhydrous acetone at 24.9° are
shown in Table I. The bromide ion concentra-
tions, given in the third column, were calculated
by successive approximations from the equation

Kos72= (Li+)(Br-)/(LiBr) %)

where y, the mean activity coefficient of the ions,
is given by the equation

IN7 = -exk/2DKT(1 + m) 3)

of Debye and Huckel. The value of K° used in
the calculation was 2.0 X 10~4and was obtained by
the extrapolation of the ionization constant2 from
the slightly wet acetone (about 0.4 wt. % H2)
to the anhydrous medium. The extrapolated

value of the sum of ionic radii a was 2.20 A. The
dielectric constant D, 19.0, was taken from Aker-
lof.3 As shown by the results in Table | the values
of r are directly proportional to the concentration
of the bromide ions.

At 35.0°, the ratios r/(Br~), calculated with the
extrapolated values of K° (1.76 X 10-4) and of
a(2.45 A.), and with D equal to 18.1,3are also satis-
factorily constant and have the average value of
15.7 = 0.4.

(1) A. R. Olson, L. D. Frashier, and Frances J. Spieth, J. Phys.
Chem., 55, 860 (1951).

(2) A. R. Olson and J. O. Konecny, J. Am. Chem. Soc., 75, 5801
(1953).
(3) G. Akerlof, ibid., 54, 4125 (1932).
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Table |

Reaction Rates in Dry Acetone at 24.9°

(r = dIn C/di); 0.1348 m ester

10»(LiBr), 103, 108Br -), r/(Br-),
moles/1. min. ~l moles/1. I./mole min.

0.05179 0.2746 0.0423 6.50
.2590 1021 .160 6.38
5179 .1703 .263 6.46
1.295 3.14 493 6.37
2.590 5.08 .780 6.51
2.590 4.96 .780 6.36
5.179 8.03 1.24 6.48
7.768 10.36 1.62 6.42

12.95 14.59 2.26 6.46

In the slightly wet acetone (approx. 0.15 M
HoO) at 25°, the value of r/(Br_) calculated with
the experimental2K® (2.56 X 10~4 and a (2.28 A.)
and with D equal to 19.3,3is 4.08 + 0.10 in the
concentration range of lithium bromide from 0.001
to 0.02 M. At lower concentrations the values of
r/(Br~) decrease slowly to 3.16 in 6.02 X 1CU6 M
lithium bromide. However, the validity of the
low r values appears to be open to question. This
series of runs was carried out with an impure sample
of the ester.l The last two values reported by
Olson, Frashier and Spiethlin their Table 8 for a
pure ester sample, as well as later results4 at low
lithium bromide concentrations, give a satisfac-
torilv constant ratio r/(Br~) with the average value
of 4.43 + 0.09.

Lithium perchlorate, which is a much stronger
electrolyte in acetone than lithium bromide (its
ionization constant K° is 1.0 X 10~2 at 25°49
strongly represses the racemization rate of the ester.
Under these conditions the rate increases propor-
tionally to the stoichiometric concentration of
lithium bromide,1 provided that the lithium per-
chlorate concentration is sufficiently high and con-
stant. This result, which has been attributed to
the catalysis by LiBr, is also consistent with Br~
catalysis because with an excess of lithium per-
chlorate in the solution the concentration of bro-
mide ions is proportional to the stoichiometric
concentration of lithium bromide. As a matter of
fact, the assumption of Br_ catalysis is in accord
with the observation that the rates, at a constant
concentration of lithium bromide, do not approach
a limiting value at high lithium perchlorate con-
centrations but decrease with the increasing per-
chlorate in a slow but steady fashion. This de-
crease may plausibly be attributed to the slowly
increasing concentration of lithium ions. The
rates in lithium perchlorate solutions are of course
related to the rates at low ionic strengths through
the ionization constants of the two salts. The ionic
strength, however, is too high for the approxima-
tions of Debye and Huckel. A sufficient agreement
has been obtained for the most dilute solutions.4

An examination of the results reportedl for the
lithium perchlorate inhibited reaction at 25 and
35° shows that the ratio of the rates at the two
temperatures in 0.00259 M lithium bromide is
independent of lithium perchlorate from O to 1.133

J Q Ph.D. Dissertation, University of Califomi
CRLY n ety o il
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M and has a constant value of 2.35 + 0.04. There
is, therefore, no indication of a reaction catalyzed
by undissociated lithium bromide.

The activation energy of the reaction, calcu-
lated from the average values of r/(Br-) at 24.9
and 35.0° in anhydrous acetone is 16100 cal. The
collision frequency has a “normal” value of 7.5 X
1001 mole-1 sec.-1. The combination of all the
results then leads to the approximate rate law
—d(7-ester)/di = 7.5 X 10IQBr-)(Z-ester)

exp (16100/RT) (4)

Strictly speaking, this equation applies only to
solutions containing 0.135 iff ester. The rates r
extrapolated to the zero ester concentration, are
about 10% higher. Since this solvent effect is
small, no attempt has been made to incorporate it
into the rate law.

Acknowledgments.—The author gratefully ac-
knowledges the advice and assistance of the late
Professor A. R. Olson, to whom he owes many
hours of discussion on the subject. He has lost a
stimulating teacher and sincere friend.

FOREIGN CATION EFFECTS ON
MEASURED STABILITY CONSTANTS

By Jack F. Tate and Mark M. Jonesl

Department of Chemistry, Vanderbilt University, Nashville, Tennessee
Received June 12, 1961

The general methods for the study of complex
formation in solution are based upon some measure-
ment of the changes that occur upon addition of a
coordinating anion X, in the form of a simple salt
such as NaX or KX, to a solution of a metal per-
chlorate, M(C104)z. The equilibrium constants
then can be obtained from measurements of the
concentration of free M +3, X -, or some other quan-
tity related to these. It is usually assumed that,
within rather wide limits, it is a matter of complete
indifference what cation is added along with the
coordinating anion. There is some scattered evi-
dence in the literature which indicates that this
assumption is not strictly true, even under circum-
stances where a swamping electrolyte is present in
very high concentration. This phenomenon is to
be distinguished from the variations which arise
when metal perchlorates are not used as the source
of the coordination center. In this latter case there
is very definitely an effect of the anion in MZXupon
the equilibria2which is related to the stabilities of
the complexes between M +* and Z- .

The effect of the cation may be seen in at least
three cases.3-6 Fialkov and Spivakowski3 re-
ported that in the case of the Cd+2-C|“system even
the coordination number of the cadmium changed
as various chlorides of the alkali metal (and am-
monium) ions were used. They also reported a

(1) To whom correspondence concerning this paper should be ad-
dressed.

(2) L. G. Van Uitert, W. C. Fernelius and B. E. Douglas, J. Am.
Chem. Soc., 75, 2739 (1953).

(3) Ya. A. Fialkov and V. B. Spivakowski, Zhur. Neorg. Khim., 4,
1501 (1959); C. A., 54, 8407 (1960).

(4) 1t. W. Ramette, J. Chem. Educ., 36, 191 (1959).

(5) Yu. A. Katov and B. N. Lebedev, Trudy Inst. Met. i Obogash-
cheniya, Akad. Nauk Kazakh S. S. R., 2, 92 (1960); C. A., 54, 23617i
(1960).
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decrease in the stability constants of the chloro
complexes of cadmium on passing from rubidium
chloride to lithium chloride as the source of chlo-
ride. A similar difference in the solubility equilib-
ria involved in acidic solutions of cupric iodate con-
taining added sodium perchlorate and lithium per-
chlorate was reported without comment by Ram-
ette.4 The variation in the solubility of lead chlo-
ride in solutions of various metal chlorides6shows a
similar trend. Here the ability of solutions of a
metal chloride to dissolve lead chloride decreases
with increasing cation charge, other factors being
equal. A more systematic study of one aspect of
the problem may be seen in some studies by Silldn
and co-workers.6l These, and an earlier study by
Leden,8 showed how variations in activity coef-
ficients may be the ultimate basis of variations in
complexity constants when the ionic medium under-
goes considerable variation in composition.

The purpose of the present study was to obtain
specific information of the effect of varying the
cation on the measured stability of the CANO3+
complex. The experiments were planned so that
the composition of the ionic medium varied as little
as possible. This system was selected for several
reasons: (a) it can be examined by a highly precise
differential potentiometric method in which the
first stability constant is obtained by extrapolation
to a condition of zero liquid junction potential as
the cell is initially one with no liquid junction, (b)
the nitrates required for the titrant solution can be
obtained readily in a state of high purity, and (c)
preliminary studies by Leden9 indicate that this
system has an equilibrium constant of a suitable
magnitude (i.e., close to unity) for precision meas-
urement to within £1% . Included in the present
study is an examination of two systems to deter-
mine the effect of such foreign cation variations
on the enthalpy of complexation.

Experimental

The potential measurements and titrations were carried
out as previously described. The titrating solutions used
were prepared from reagent grade chemicals and all had an
ionic strength of 3, the same as that of the solution into
which they were titrated. The water circulating through
the jacket of the titration cell was obtained from a constant
temperature bath which was controlled to +0.01° for the
runs at 25, 35, and 45°.

Results and Discussion

The experimental results (Table I) show that the
cation used in the titrant solution does have an
effect on the measured equilibrium constant for the
CdNC>+ complex. The equilibrium constants vary
within a range of about an order of magnitude for
the nitrates used. The difference shows up in a
plot of

F(A) = (x - [Cd+Z)/[Cd+2[A-] vs. [A-]

where x is the total concentration of cadmium(ll),
[Cd+2] is the concentration of free cadmium(ll)
and [A-] is the concentration of free complexing
anion, and in ffiis case uncomplexed nitrate anion.
It should be recalled that r(A) is also equal to

(6) L. G. Sillen, J. Inorg. Nuclear Chem., 8, 176 (1958).

(7) G. Biedermar. and L. G. Sillen, Arkiv Kemi, 5, 425 (1953).

(8) 1. Leden, Acta Chem. Scand., 6, 971 (1952).

(9) I. Leden, Z. physik. Chem., A188, 165 (1941).

(10) C. E. Vanderzee and H. J. Dawson, Jr., 3. Am. Chem. Soc., 75,
5659 (1953); J. F. Tate and M. M. Jones, ibid., 83, 3024 (1961).
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so this plot extrapolates to F(A) = h\
1
(the stability constant of the first complex) when
[A-] goes to zero. The stability constant for the
CdNO08+ ranges from 0.142 for lithium nitrate as
titrant to 1.06 for strontium nitrate as titrant.
An approximate value for this constant was deter-
mined previously by Leden9who reported a value
of 1.29 at 25° using sodium nitrate in the titrating
solution. Our values under these same conditions
were 0.748 and 0.746 in duplicate determinations.
A more recent polarographic study resulted in a
value of 0.62.11 This was available only in abstract
and the titrant was not specified.

Table |

Summary of Results of Potentiometric Titration of

Certain Nitrate Salts with Cadmium(Il)

Salt Temp., °C. Ai(CANOj+
Sr(N032 25 1.063
Ca(NO+ 25 0.904
Mg(NO.+ 25 .817

35 794
45 .813
NaNOs 25 747
35 .618
45 .616
Nd(NO033 25 .550
A1(NO03)3 25 .539
La(N033 25 .533
LiNO3 25 142

The number of nitrate salts which could be used
in the titrant solutions was restricted by several
factors. Any metal ion which is able to oxidize the
cadmium in the amalgam will lead to erratic results
(such were obtained with lead nitrate solutions).
Furthermore, only those nitrates were used in
which it is customarily assumed that the cation
complexes the nitrate to a “negligible” degree.
Finally, the problem of insolubility limited the
selection. Barium nitrate has a sufficiently small
solubility in water that it is impossible to prepare a
titrating solution of anywhere near the required
concentration. Potassium nitrate may not be used
because of the insolubility of potassium perchlorate.
However, even with these limitations a reasonably
representative series of nitrates was studied.

The fact that the stability constant for CAN 03+
is affected by the presence of foreign cations is not
unexpected if the charges on these are different.
That such differences should also be found with
very closely related ions of identical charge is also
understandable and recalls Brpnsted’'s concept of
the specific interaction.22 In the present case the
specific interactions of the various cations with the
nitrate ion seem to be the most obvious cause of
the small, but definite and reproducible, variations
found for the stability constant.

In addition to thermodynamic factors (i.e., activ-
ity coefficient variations), the change in the
measured (apparent) stability constant of the Cd-
X 03+ ion may be considered to arise in part from
a competition between Cd+2 and the foreign
cation of the titrating solution for the available

(11) Hung-Chi Chiang and Kuang-Hsien Hsu, K'o Hsuch Tung Pao,
397 (1959); C. A., 55, 3241 (1901).
(12) J. N. Brdnsted, J. Am. Chem. Hoc., 44, 877 (1922).
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nitrate anions. The formation of nitrate complexes,
or relatively stable ion pairs, with the foreign cation
obviously will have an effect on the amount of
CdNO3+ formed from a given total amount of
nitrate.

If comparisons are confined to systems of the
same charge types it is possible to test the reason-
ableness of this conjecture. It is easily seen that
the stability constant decreases as the complexing
power of the foreign cation increases for Groups la
and lla cations. This is also supported by the gen-
eral tendency of the dissociation constants of the
nitrate salts to fall into groups according to the
valency type of the salts considered.13 The order
found for Groups la and lla cations is the same as
that reported by Fialkov and Spivakowski.3

The equilibrium constant for CdN 03+ was deter-
mined at 25, 35 and 45° for titrating solutions of
sodium nitrate and of magnesium nitrate. From
the slope of a plot of log Ki vs. I/T (°K.), AHo for
the reaction was determined. The data of Table |
show that there is a very small temperature de-
pendence and therefore a very low AHQO The
AHo values are —7.7 cal./mole and —160 cal./mole
for magnesium nitrate and sodium nitrate, respec-
tively. Since Ki is very close to unity the free
energy changes are also rather small in most of
these cases. Thus for the sodium nitrate titration,
AF° = +176 cal./'mole, AIP = —160 cal./mole
and ASo = —1.1 e.u. The AF° values range from
—36 cal./mole for strontium nitrate to +1160
cal./mole for lithium nitrate.

In conclusion, this study shows that the measured
stability constant of the CAN O3+ ion is dependent
upon the specific nitrate used as the source of the
added nitrate ion. This shows the limitation of the
common assumption that, within rather broad
limits, the cation added in the titrant solution has
no effect on the measured stability constant.
It proves that even in the presence of very high con-
centrations of a swamping electrolyte, such an ef-
fect is present and may affect the measured stability
constant by as much as an order of magnitude.
The previous reports3-6 of such phenomena seem
to be most reasonably reinterpreted in terms
of a constancy of behavior of the principal coor-
dination center and a variation arising from changes
in the species present in the added solutions. These
include changes in activity -coefficients due to
specific interactions.

We wish to acknowledge, with thanks, the
assistance furnished in preliminary studies by the
late Mr. J. Davis Sibley, Jr. This work was sup-
ported by a grant from the U. S. Atomic Energy
Commission, At-(40-1)-2676, for which we wish to
express our gratitude.

(13) C. W. Davies, Endeavour, 4, 114 (1945).

OBSERVATIONS ON THE DECOMPOSITION
OF X-RAY IRRADIATED AMMONIUM
PERCHLORATE

By E1i S. Freeman and David A. Anderson

Pyrotechnics Chemical Research Laboratory, Picatinny Arsenal, Dover,
New Jersey

Received April 27, 1961

Photomicrographs by Bircumshaw and Newman1l
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of undecomposed and partially decomposed am-
monium perchlorate crystals showed that a general
clouding of the surface occurs as the crystals are
heated. Initially formed hemispherical opaque
areas on the surface coalesce as the reaction pro-
gresses. These observations apparently were made
under reflected light. Additional details of the
surface decomposition, obscure under reflected
light, may be observed readily under transmitted
light. This was found for undecomposed and
partially decomposed ammonium perchlorate crys-
tals heated at 200°. The clouding described pre-
viously is observed in photomicrographs taken
under reflected light. Under transmitted light,
however, additional surface structure is evident.
The disruption pattern on the surface of partially
decomposed crystals indicates preferential regions
of reaction along intermosaic boundaries and dis-
locations. In previous papers23it was shown that
exposure to X-ray and 7-rav radiation profoundly
affects the thermal decomposition of ammonium
perchlorate. This effect was determined by meas-
uring loss in weight and by differential thermal
analysis. The appearance of the decomposing
irradiated crystal is significantly different, from the
decomposing unirradiated sample. This was ob-
served microscopically under reflected light. The
crystal was irradiated with an OEG X-ray tube
containing a molybdenum target for y2 hr. at a
dose rate of 1.3 X 105roentgen per hr. On heating,
the striking contrast between the behavior of the
unirradiated and irradiated samples is that, whereas
in the former initial reaction occurs primarily at
the surface, the irradiated sample undergoes reac-
tion throughout the entire crystal. The surface
of the irradiated crystal does not appear to be dis-
rupted or to reveal preferential sites of reaction as
in the case of the unirradiated solid. The apparent
homogeneous clouding of the entire crystal indicates
that nuclei for reaction were produced by radiation
throughout the entire crystal.

By differential thermal analysis it was found that
ammonium perchlorate sublimate exhibits de-
composition characteristics similar to the irradiated
sample. Recently Hyde and Freeman4 have
identified the presence of NH.,+ radical in irradiated
ammonium perchlorate by electron spin resonance.
Neither the sublimate nor partially decomposed
ammonium perchlorate exhibited resonance spec-
tra. The sublimate did not contain NH3+ radical,
although its chemical reactivity is similar to that
of the irradiated crystals.3 These results imply
that radicals or positive holes may not entirely
account for the changes in the decomposition de-
tails of irradiated ammonium perchlorate, a pos-
sibility previously suggested.3

It was recently shown that CI()g~ ion may give
rise to a sharp exothermal reaction following the
crystalline transition of ammonium perchlorate.5
It was reported in the same paper that exothermic

(1) 1,. L. Bircumshaw and B. 1f. Newman, Proc. Roy. Soc. (London),
227, 228 (1955).

(2) E. S. Freeman and D. A. Anderson, ,/. Phys. chem., 63, 1344
(1959).

(3) E. S. Freeman and D. A. Anderson, ibid., 64, 1727 (1960).

(4) J. S. Hyde and E. S. Freeman, ibid., 65, 1636 (1961).

(5) J. C. Petricciani, S. E. Wiber, W. H. Bauer and T. W. Clapper,
ibid., 64, 1309 (1960).
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Reference temp., °C.

Fig. 1.—Differential thermal analysis at 4.4°/min. of 500
mg. of ammonium perchlorate containing 1 mole % KC103
Sample prepared by evaporating solution to near dryness
and by oven drying at 105°. The ammonium perchlorate
was doubly recrystallized Fisher reagent grade material.

decomposition of ammonium perchlorate contain-
ing C103-ion impurity occurs only following crystal-
line transition. Our experiments show that signifi-
cant exothermal reaction does occur prior to crystal-
line transition as is demonstrated in Fig. 1L The
apparent discrepancy may be in part due to the
higher rate of heating used in the differential ther-
mal analysis (DTA) experiments of the referenced
authors.5 In the referenced article it is also stated
that complete decomposition occurs during the
exothermal reaction following crystalline transi-
tion for samples containing more than 0.1 wt. %
C103~ ion impurity. Our DTA results shown in
Fig. 1 demonstrate that reaction does not go to
completion during this exotherm but at approxi-
mately 450°. Undoubtedly the referenced obser-
vation5is due to a relatively large sample size (not
specified in the referenced article) and is not a true
chemical phenomenon. The fact that the exo-
therm following transition represents a stage of
reaction which is a function of temperature seems
to support the idea that C103~ ion provides inter-
mediate species which may act -catalytically.
Nevertheless the DTA decomposition pattern of
irradiated ammonium perchlorate is strikingly
similar in detail to that of the sublimate and of am-
monium perchlorate containing C103~ ion im-
purity.

Interestingly the presence of C103_ ion in irradi-
ated ammonium perchlorate was confirmed by the
K1 test, for C103~ ion but it was not found to be
present in the sublimate. This is in agreement with
previously reported data6 on the decomposition
products formed during sublimation. Conse-
quently, although the decomposition characteristics
of the irradiated salt may be partially explained
by the presence of the C103~ ion, presumably in
solid solution, this does not account for the details
of the decomposition of ammonium perchlorate
sublimate. If the mechanism of the decomposition

(6) Il. M. Cassel and I. Liebman, /. Chem. Phys., 34, 343 (1961).
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of irradiated ammonium perchlorate below 300°
involves CIO3 radical as an intermediate, then the
role of C103~ ion may principally be that of a
source of radicals. The presence of CIO3 may also,
in part, account for the seemingly uniform reaction

Communication to the Editor

Vol. 65

throughout the irradiated crystal when heated at
200°.

Acknowledgment.—The authors wish to thank
Dr. James Hyde of Yarian Associates for conducting
the electron spin resonance experiments.

COMMUNICATION TO THE EDITOR

EVIDENCE FOR ELECTRONIC INTER-
ACTION BETWEEN IODINE AND A

SOLID SURFACE
Sir:

The presence of an electric field at the surface of
a solid has been inferred from certain phenomena
associated with the solid-gas interface: namely,
surface potentialsl and a significant reduction in
the intermolecular attraction within the adsorbed
film,23 which has been traced to the effect of
parallel-oriented induced dipoles. The surface
fields for various solids have been estimated to lie
in the range 107 to 10s volts cm.; a field of this
order of magnitude would be expected to affect
the electronic absorption spectrum of an adsorbed
molecule in one or more of the following ways:
shifts in the electronic states due to a highly
polarized condition of the molecule; splitting of the
electronic energy levels, i.e., a molecular Stark
effect; ionization of the adsorbate or partial
charge transfer with the conduction bands of the
substrate. Since iodine is known to enter into
charge-transfer complex formation readily and
since its major absorption band is in the visible
range, its use as an adsorbate seemed likely to
offer a method whereby perturbations of its elec-
tronic spectrum by the surface could be observed
easily.

Preliminary experiments with adsorbed iodine
have shown that the expected interaction does
take place, with marked changes in the visible
spectrum and in some systems with the production
of strong absorption in the ultraviolet region.
Spectral measurements from 300 to 700 m/i were
made at room temperature by reflectance from
powdered solids containing adsorbed iodine;
in all cases the adsorption was reversible, the
iodine being desorbed readily by evacuating the
sample at 100°. The quantity of iodine adsorbed
was known only approximately, but was always
less than a complete monomolecular layer; never-
theless, the colored adsorbed film was clearly
visible and its departure from the violet color of
iodine vapor in many cases could be detected at
once by the eye.

The material that displayed the least effect
among those observed is silica (when freed of
adsorbed water). The principal absorption band

(1) J. C. P. Mignolet, “Chemisorption,” ed. W. E. Garner, Butter-
worths, London, 1957, p. 118.

(2) J. H. de Boer, “The Dynamical Character of Adsorption,”
Clarendon Press, Oxford, 1953, pp. 168-169.

(3) H. Clark and S. Ross, J. Am. Chem. Soc., 75, 6081 (1953).

of iodine vapor, centered about 520 m/i, is shifted
to about 480 my. One specimen of silica in the
form of a transparent, porous slab was suitable for
transmission measurements down to 220 ml/i:
adsorbed iodine on dry silica showed no ultra-
violet absorption.

Silica-alumina cracking catalysts also show an
absorption maximum in the visible region at
around 450-M80 my, but have developed an
increasing absorption below 350 my. We could
not investigate the absorption at shorter wave
lengths with our present apparatus. The samples
mentioned above were violet to pink in color.

Samples of pure alumina and boron nitride
showed a gradual increase of absorption with
decreasing wave length below 700 my; they did not,
however, display any absorption maximum in the
visible region. The visible color of these systems is
bright yellow to brownish. A slight difference
between y- and ?j-alumina is apparent to the eye:
the slightly redder tint obtained with 7-alumina
plus iodine can be traced to its greater absorption
in the green portion of the spectrum.

On a third group of solids the adsorbed iodine
film is characterized by having only a slight
absorption in the visible spectrum, thus appearing
white or faintly yellow in color. These substances
include the alkali halides, calcium fluoride, and
zirconium and titanium oxides. The reflectance
spectra show sharply increasing absorption below
350 my.

The colors formed by the interaction of iodine
with various solid surfaces is reminiscent of the
colors of iodine in various solvents. The greatest
changes in the absorption spectra of iodine solu-
tions are found with the more polar solvents, and
presumably the same rough correlation exists with
adsorbed iodine on surfaces of differing polarity.
Furthermore, the charge-transfer complex mech-
anism postulated to account for the spectra of
certain iodine solutions is also a reasonable ex-
planation of the spectra of the adsorption com-
plexes: if this is the case, the study of the spectra
of adsorbed iodine should yield important in-
formation about the electronic nature of solid
surfaces, which would be pertinent to their action
in heterogeneous catalysis. A more detailed study
of such systems is now in progress.

This work forms part of a program sponsored at
Rensselaer Polytechnic Institute by Esso Re-
Research and Engineering Company.

Sydney Ross
James P. Olivier
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TEMPERATURE MEASUREMENT IN ENGINEERING— Volume Il

By H. bean Baker, Columbia University; E. A.
Ryder, Pratt & Whitney Aircraft Division, United
Aircraft Corporation; and N. H. Baker, Columbia
University. It is quite possible that this work, with
its companion volume, is the original treatise that
will establish temperature measurement as an in-
dependent and integrated field in technology. The

purpose of the book is to present how-to-do-it di-
rections for the measurement of temperatures in
situations which actually arise in the laboratory,
shop, and field; and the book itself is arranged in
classes of circumstances where temperature meas-
urements are desired. 1961. 510 pages. $13.00.

QUANTUM MECHANICS

By Eugen University of North
Carolina. This book represents a new and valu-
able contribution to the subject of non-relativistic
Quantum Mechanics, with emphasis on con-
tempory developments. By limiting the range of
topics covered (i.e. omitting relativistic Quantum
Mechanics and field quantization, and including
only the elements of the many particle theory), the
author has been able to present, in one volume, the

M erlbacher,

IODIDE METALS AND

By R obert F. Roisten, CONVAIR, A division of
General Dynamics. Presents the chemist, engineer,
and metallurgist with the information necessary to
design and operate an iodide cell, the details of the
preparation, the properties of metal iodides (in-
cluding boron, germanium and silicon iodides), and
shows how these various compounds can be used

most thorough possible coverage of .modern Quan-
tum Mechanics and its application to simple physi-
cal systems. Throughout the book, priority is
given to those physical ideas and mathematical
techniques which the student will meet in practice
and which will prepare him for further specialized
study and the reading of current related literature.
1961. 544 pages. $12.00.*

METAL IODIDES

to prepare high purity elements or alloys. Sixty-
one elements are discussed, and it is clearly shown
how iodine—due to its reactivity with most
metals—occupies a unique position in the periodic
classification of the elements. 1961. Approx. 496
pages. Prob. $17.50.

PHYSICAL CHEMISTRY OF MACROMOLECULES

By Chartes Tanford, Duke University. Physical
Chemistry of Macromolecules treats, in turn, the major
areas of physical chemistry: x-ray diffraction;
molecular statistics; thermodynamics; light scat-
tering transport processes and viscosity; electro-
statics; and equilibria and kinetics of reactions.

A summary of the fundamental theory is included
in each of the areas presented, and it is then shown
how the theory may be modified or extended in
order to become applicable to molecules of very
high molecular weight. 1961. 710 pages. $18.00.*

TRANSACTIONS OF THE SYMPOSIUM ON ELECTRODE PROCESSES

Edited by Ernest Yeager, Western Reserve Uni-
versity. This volume represents the papers pre-
sented at a symposium held in May, 1959, spon-
sored jointly by The Electrochemical Society, Inc.,
and the Office of Scientific Research of the United
States Air Force. While it covers virtually all

phases of fundamental investigations of electrode
processes, the general emphasis has been placed on
new research developments and, more specifically,
on hydrogen discharge kinetics, electrodeposition
and dissolution of metals, and the kinetics of fast
electrode processes. 1961. 374 pages. $20.00.

THE RARE EARTHS

Edited by F. H. Spedding and A. H. Daane, both
ofthe Ames Laboratory U.S.A.E.C. A collection of
individual papers presented at a “Symposium on
Rare Earths and Related Metals” at the American
Society of Metals meeting in November, 1959, this

AN INTRODUCTION TO

By Werner Bruget, Badische Anilin und Soda-
Fabrik, Ludwigshafen, Germany. Dr. Brigel's Ein-
fiihrung in die Ultrarotspektroskopie, published in 1954,
was the first book to summarize in a single volume
all of the essential topics of infrared spectroscopy.

book covers rare earths and the fields of rare-earth
separation, preparation of the metals, and the
properties of the metals and alloys. 1961. Approx.
640 pages. $14.75.

INFRARED SPECTROSCOPY

This important translation incorporates extensive
additions bringing the book up to the stage of the
third German edition, ready this year. 1961
406 pages. $9.00.

*Tixtbook edition also available for college adoption.
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