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Collisional Quenching of Electronically Excited Bismuth Atoms, Bi(6p3 2D3/2)

and Bi(6p32D5/2), by Time-Resolved Attenuation of Atomic Resonance Radiation

M. J. Bevan and D. Husain*

Department of Physical Chemistry, The University of Cambridge, Cambridge CB2 1EP, England (Received July 23, 1975)

A kinetic study is presented of electronically excited bismuth atoms, Bi(6p3 2D32) and Bi(6p3 2D52), re-
spectively 1.416 and 1.914 eV above the 6p34S3/2ground state. These optically metastable atoms were gen-
erated by pulsed irradiation and monitored photoelectrically in absorption by time-resolved attenuation of
atomic resonance radiation. Rate constants for the collisional quenching of these two states by the gases
He, Xe, H2,D2 02, N2 CO, C02 N20, and C2H4are reported. The resulting data are compared, where pos-
sible, with previous analogous data for Sb(5p3 2D32) and Sbh(5p3 2D52), and the results discussed within
the context of symmetry arguments based on correlation diagrams employing (J,fl) coupling.

Introduction

There have been extensive developments in recent years
in the direct kinetic study of relatively highly energized
spin-orbit states arising from the gross overall electronic
structure of the ground-state configuration, for example,
1(5p52P,/2) (0.943 eV),1-4 TI(6p 2P3/2) (0.966 eV),5-7 Te(5p4
3P0,i) (0.584 and 0.589 eV, respectively),8and Br(4p5 2Pi/2)
(0.457 eV).1,910 These studies constitute part of a wider
program aimed at an understanding of the relationship be-
tween electronic structure and atomic reactivity.l'11“14
Consideration of the rate data derived from such measure-
ments has normally been on an individual basis rather than
within the context of a general framework, because the
principal structure for considering the reactivity of elec-
tronically excited atoms has hitherto been that of correlat-
ing initial and final states using the weak spin-orbit cou-
pling approximation.14'15 Clearly, the constraints of such
an approach omit the effects of spin-orbit coupling. Very
recently, the chemistry of some electronically excited states
of heavy atoms have been considered within the context of
(J,Q) coupling which has been discussed generally by Hu-
sain.13 These include the collisional behavior of Sn(5p2
1S0)16,17 together with that of Sn(5p2 1D2)1819 and the
analogous pair of states of the lead atom.20-23 Brown and
Husainl7 have also discussed the limitations of (J,ft) cou-
pling in heavy atom-molecule collisions. Further, this ap-
proach has also been used by Foo et al.24,25 for considering
spin-orbit quenching of Sn(5p2 3Pij2) (0.210 and 0.425 eV,

respectively)2425 and Pb(6p23Pi2) (0.969 and 1.320 eV, re-
spectively).2627 This method has also been found to be of
some use when considering rate data for the much less en-
ergized states, Ge(4p2 3Pi2) (557 and 1410 cm-1, respec-
tively).28

A major experimental objective for the present general
development is to obtain absolute rate data for all of the
low-lying states of the overall ground-state configuration
within a given group of the periodic table, considering light
atom-molecule collisions using weak spin-orbit coupling
and those for heavy atoms using (J,Q) coupling. While this
has not been completely achieved for any group, group 5
represents a particularly developed area ir. this respect, as,
with the present work, we now have absolute rate data for
various electronic states of atoms in the up3 configuration
for N — Bi. The rate data for N(22Dj 22P¥)29*3 and
P(32Dj, 32Pj)33-35 have been found to be in accord with
correlations based on the weak spin-orbit coupling approx-
imation. Correlations on this basis have, however, been
found36 to be of limited use for considering the collisional
behavior of As(42Dj, 42Pj).36-38 For the heavier Sb-
(52D325/2) (1.055 and 1.222 eV, respectively) (J3,9) cou-
pling provided the more satisfactory framework for inter-
preting the collisional behavior of these atomic states.2
The bismuth atom clearly represents the strongest case
within the group where (J,il) coupling snould apply and
hence it is in this context and against the foregoing general
background that the specific body of work presented here
may be viewed.
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We present here a kinetic study leading to the first de-
tailed, quantitative rate data for the bismuth atom in the
2D32 (1.416 eV)Dand DH2 (1.914 eV)Dstates. Hitherto,
detailed rate data for the bismuth atom has been confined
to those derived from quenching of emission from the high-
er lying 7s 4P1/2 state 4l The data obtained here are com-
pared with those for Sb(5203252), where available, and
considered within the framework of (J,fi) coupling on colli-
sion.

Experimental Section

It may be emphasized from the outset that, by the stan-
dards of this type of investigation, this experimental sys-
tem for the bismuth atom presented particular practical
difficulties. We have already indicated difficulties encoun-
tered previously, when studying Sb(52032s/2),3 compared
to the more straightforward measurements involved for
As(42D3252) and As(42P ,/23/2)FBF by similar techniques.
These problemsPwere even more intensified in the present
investigation and included difficulties encountered in de-
veloping a suitably intense, stable, and long-running spec-
troscopic source and generating Bi(62D32) and Bi(62D52)
in transient concentrations of a magnitude suitable for
“single-shot” measurements337 without using signal-aver-
aging techniques.® The present method yielded a body of
absolute collisional quenching data for the two atomic
states significant for discussion within the basis of the gen-
eral framework laid down in the Introduction.

Bi(62D32) and Bi(62D-,/2) were produced by the pulsed
irradiation respectively of bismuth trimethyl and of bis-
muth triethyl (E = 845 J). The yields of the 3 = % state
from BiMe3 were very small; this, at least, enjoys the ad-
vantage of permitting kinetic study on the 3 = % level
without accompanying significant effects of collisional re-
laxation from J = %. The atoms were monitored photoelec-
trically in absorption by time-resolved attenuation of
atomic resonance radiation. Excess helium buffer gas (pne-
p BiMau or PBIEt3 = ca 10000:1) was always employed in
order to ensure no significant temperature rise above that
of the ambient condition on photolysis. These two mole-
cules constituted the only suitably stable, convenient gas-
eous sources of the electronically excited atomic bismuth.
Further, while various reactor-photolysis vessel arrange-
ments of the types discussed previously were tried,3 that
employed for the study of As(4203252) and As(42P1/232)
gave the highest and most consistent atomic yields. Conve-
nient photolysis lamp fillings in the reactor assembly42
were found to be krypton for generating Bi(62D32) and ni-
trogen for generating Bi(62D5/2).

Resonance lines connecting with Bi(62D,/) and Bi(62Pj)
were derived from a microwave-powered discharge through
a flow system containing BiMe3in He (pBiMe3= 1-3 N m-2,
ptotal withHe = 133 N m-2; incident intensity 100 W). This
yielded an intense, relatively stable discharge and had an
effective running time of ca. 20 min, after which deposits,
principally of bismuth metal, in the quartz flow tube
caused quenching of the discharge, following which the
tube was replaced and easily cleaned. Sealed sources (EMI
electrodeless discharge lamp (Bi), Type 9776B; EMI cavity,
Type C111), similar to that used for studies of As(42Dj)
and As(42P.y),1637 were not found to yield spectral intensi-
ties sufficiently high for the present measurements, and the
discharges were found to self-extinguish rapidly. Further
details of this bismuth flow lamp including a sample of the
spectrum and actinometric measurements leading to abso-
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lute line intensities are being published in a general article
on atomic emission flow sources elsewhere43 The atomic
lines were separated with a Seya-Namioka grating mono-
chromator, 4446 which was constructed in this laboratory
and which has been described previously.3/ Following irra-
diation, time-resolved resonance absorption by the tran-
sient atoms was detected by means of a photomultiplier
tube (EMI 9783B) mounted on the exit slit of the mono-
chromator.

Garstangb has calculated the Einstein coefficients for
emission from the spin-orbit states of Bi(62D) and Bi(62P),
the sum for each state, zA (Amand AQ),% indicating the
optical metastability of these transient species.

Atomic state £,DeV £A &S
6p32D32 1.416 31.2
6p” D52 1.914 12.4
6p3%P,,2 2.686 63.0
6P32°32 4.112 173.9

Thus, they may be monitored readily by absorption spec-
troscopy using the appropriate resonance lines (see Results
and Discussion). The relatively high overall Einstein coeffi-
cient for the 62P3/2 state presumably arises from mixing
with the lower, close-lying (4.040 eV) 74Pi/2 Rydberg state.
The detection system was similar to that employed for the
study of Sb(5203252-P Thus, in essence, the photoelectric
pulses representing time-variable light absorption by the
transient atomic species were fed into a current-to-voltage
converter4/ The resulting signals were then digitized and
stored in a transient recorder (Datalab D 1905) and the
contents of the 1024-word memory were then punched onto
paper tape in ASCII code (Datadynamics punch 1133) for
direct input into a computer (IBM 370). Unlike our experi-
ments on As(42P j),3H we did not employ a precision loga-
rithmic circuit® on account of the low absorption signals
and the magnitude of the decay rates in relation to the
sweep time of this particular transient recorder.

Materials. He, Kr (for the photoflash lamp), Xe, H2, D2,
02 N2 CO, C02 N2, and C2H4 were prepared as de-
scribed previously.337 BiMe3 was prepared by the action
of bismuth trichloride (BiCI3) with lithium methyl, LiMe,
in ether. The product was separated by destroying the ex-
cess LiMe with water and then the ethereal solution was
dried with magnesium sulfate, followed by fractionation
under reduced pressure. The product was then purified by
repeated fractional condensation at 210 K (Chloroform-
liquid nitrogen slush) in a high-vacuum apparatus (vapor
pressure data from Bamford et al.48). Any remaining traces
of water were removed by distillation in the presence of
phosphorus peroxide. BiEt3was prepared by using the ap-
propriate Grignard reagent. The condensation of the prod-
uct was carried out once with no further purification proce-
dure.

Results and Discussion

The following atomic transitions were employed in this
investigation.

Transition XA 10 1A ®s 1
7s P,,2 -r 6p32D°32 289.80 32
?2s“ps/2 -* 6p32D°H2 302.46 38
7s 2232 -m6p32F°, 2 359.61 88

We were unable to detect even the lower spin-orbit level of
the 2P state, Bi(62Pi/2), in these experiments. It is thus
clear that any transient concentration in the 62P state is
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Figure 1. Digitized time variation of the transmitted light intensity at X
289.8 nm (Bi(72P1/2) —= Bi(62D°3/2)) indicating the decay of reso-
nance absorption by Bi(62D3/2); paimez = 0.40 N m~2, p,ad withHe =

6.66 KN m 2, PKr(fiash lamp) = 1.33 KN m 2; E = 845 J; recording de-
layed by 140 /is.
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Figure 2. Digitized time variation of the transmitted light intensity at X
302.5 nm (Bi(74P5/2) -« Bi(62D°5/2)) indicating the decay of reso-
nance absorption by Bi(62D5/2); pBiets = 1.5 N m~2, ptotaiwithHe =
6.66 KN m~2, PNNiashlamp) = 1.33 kKN m-2; E = 845 J; recording de-
layed by 200 fis.

very small. Hence, the present studies are restricted to the
62D32and 62D 2states.

Figures 1 and 2 show, respectively, the digitized time
variation of the transmittent light intensity at X 289.8 and
302.5 nm following respectively the photolysis of BiMe3
and BiEt3in the presence of excess helium. Figures 3 and 4
show examples of first-order kinetic plots derived from the
data of Figures 1 and 2, respectively. Unfortunately, y
values for the modified Beer-Lambert lan5)

hr = 1o exp(—i(cz)T) ()]

(where the symbols have their usual significance50) could
not be determined for the two atomic transitions employed
in Figures 1-4. As we emphasized in the investigation on
Sb(5203252),3 this would require an accuracy and repro-
ducibility in the intercepts of plots such as those given in
Figures 3 and 4 considerably better than those of the
slopes. We consider that the most suitable approximation
that we may make in the present circumstances is to em-
ploy 7 values of unity for both transitions at X 289.8 and
3025 nm. In our investigations of As(42j) and
As(42Pj),3B37 7 values for the transitions and conditions
employed then were found to be of the order of ca. 08.383/
As quenching constants depend upon using the reciprocal
of 7, this would yield (if y = ca. 0.8 in these experiments)
absolute rate constants which are low by ca. 20% but the
relative values would still be correct. As an extreme exam-
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Figure 3. Typical pseudo-first-order plots for the decay of Bi(62D3/2)
obtained by monitoring the absorption of light at X 289.8 nm (Bi-
(72P1/2)  BIi(62D°3/2)); pBIMB = 0.40 N m-2, p,aawithHe = 6.66 kN
m-2;E = 845 J.
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Figure 4. Typical pseudo-first-order plots for the decay of Bi(62D5/2)
obtained by monitoring the absorption of light a: X 302.5 nm (Bi-

(74P5/2>  BIi(62D°5/2)); PBE3 = 1.5 N m-2, Ptotai with He = 6.66 kN
m ;E= 845J

ple, a 7 value of ca. 0.4 has been reported for experiments
employing the 7s(3°i)-6p2(3P0) transition of ground-state
atomic lead at X 283.3 nm 3l and clearly a value as low as
this in the present context would thus mean that the re-
ported rate datacould be as low as a factor of ca. 2.5. In the
absence here of measured y values, we simply draw atten-
tion to the possibility of the absolute data being low overall
by a constant factor, with preference clearly given to values
for the heaviest atom in the group in analogous electronic
states, namely, As(4203252),37 for which measurements
have been made. Further, we are concerned, in fundamen-
tal terms, with the difference between the collisional be-
haviors of the two J states being considerably greater than
that arising from the y values.

The slopes of the plots of the type shewn in Figures 3
and 4 are given by —yk* where k' is the overall first-order
coefficient for the decay of the particular spin-orbit state
under the given experimental conditions. Experimentally,
k* (or yk*) is investigated for each spin-orbit state in the
presence of added quenching gas, Q. This variation is taken
to follow the form

k' = K + kq{Q] @

where kq is the absolute second-order rate constant for col-
lisional removal by the added quenching gas. K is taken to
be constant in a series of kinetic runs in which [Q] is varied.
It comprises first-order contributions from diffusion, weak
spontaneous emission46 and collisional quenching by im-
purities, products of photolysis, and, principally, the undis-
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sociated parent molecule. It is no trivial point to mention
that experiments with a given quenching gas were carried
out in batches of six. Small variations in the low pressures
of BiMe3or BiEt3from batch to batch were eliminated by
taking a blank (i.e,, pg = 0, k' = K) in each set and hence
presenting all the data for a given gas, Q, in the form (/?' -
K) (ory(k' - K))vs. £q.

Examples of quenching data for Bi(62032) and Bi-
(62D5/2) for differenu’quenching gases in the form of eq 2
are presented graphically in Figures 5-8. The plots for H2
and D2 (Figures 6 and 8) are presented separately on ac-
count of current interest in the effect of the isotopes on
electronic quenching (see later). The accuracy of the
present experiments is not significantly affected by relaxa-
tion from higher states. Clearly, in the case of Bi(62Ds/2),
the higher lying 62P./ state could not be detected in these
experiments. On the other hand, while some small colli-
sional relaxation may take place with some gases for
Bi(62D52) — Bi(62032) even using BiMe3, treatment of
each J state as being governed principally by kinetics
which are overall first order is seen to be a reasonable ap-
proximation by the sensible linearity observed in plots of
the type given in Figure 3 for the added gas. Further, relax-
ation of the 3 = % state was generally found to be so much
slower than that of 3 = % that it would not appear princi-
pally to be the result of J = %-*=% conversion. The slopes
of plots of the type shown in Figures 5-8 are given by kq.
All of the results of the present investigation are given in
Table 1.

In our previous investigation on As(42Dy) and
As(42P ), B ST we had shown experimentally that the relax-
ation of the J levels in each state was the same. This arose
on account of the relatively small J splittings (AE(As-
(42Ds/)-As(42D32) = 322 cm"l AEL(As(4P3D-As-
(42Pi/2)) = 461 cm-1)37 which resulted in the maintenance
of a Boltzmann equilibrium arising from the small elec-
tronic energies to be transferred, even if only to transla-
tion.®2 Hence it was meaningful to compare the data for
As(42Dj) and As(42Pj) with those of P(32Dj, 32j) and
N(22Dj, 2Pj), discussing all of the data within the context
of correlation diagrams based on the weak spin-orbit cou-
pling approximation.3 Although the present study clearly
falls within the general framework of the analogous data
for N —»Bi, it is obvious that we are concerned here with
heavy atoms, showing different kinetics for the different
spin-orbit states and where (J,fi) coupling only can be con-
sidered. Hence, we restrict the comparison of our data for
Bi(6203252) with those of the other relatively heavy atom
in group 5, Sb, showing differing collisional behavior for
the J states, and these, where available, are given in Table
I

Noble Gases. There is no major effect by the noble gases
He and Xe on the quenching of either spin-orbit state
(Table I). We presume that the standard mechanism em-
ployed by Ewing et al.Z/ for Pb(63Pit) will apply here,
namely, a Hund'’s coupling case (c) molecular description at
large atomic separation, converging, presumably via repul-
sive states, to a common electronic state at close internu-
clear distance in Hund’s case (a) or (b).

Hydrogen and Deuterium. Experimentally, the data for
Bi(62D32) showed some anomalous behavior in that the
plot of y(k* — K) vs. ph2began to flatten out at ph2= ca.
200 N m-2. Investigation of this effect was considered too
complex for the present system and we have therefore sim-
ply taken the initial slope of the plot in order to calculate
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Figure 5. Pseudo-first-order rate coefficients (y(/c' — K)) for the
decay of Bi(62D3/2) in the presence of carbon monoxide, nitrous
oxide, and ethylene; Pombi = 0-40 N m-2, p,otaiwithHe = 6.66 kN
nr2,E= 845 J.

Figure 6. Pseudo-first-order rate coefficients (y(k! — K)) for the
decay of Bi(62D3/2) in the presence of hydrogen and deuterium;
pBiMea = 0.40 N m~2, Ptotai with He = 6.66 KN m-2; E = 845 J.

/Nm-MCA.COI

Figure 7. Pseudo-first-order rate coefficients (y(k! — K)) for the
decay of Bi(62D5/2) in the presence of carbon monoxide, nitrous
oxide, and ethylene; Pbieij = 1.5 N m-2, p,otaiwithHe = 6.66 kN m-2;
E = 845J.

U ,« 1"™1 K

Figure 8. Pseudo-first-order rate coefficients (Y(K' — K)) for the
decay of Bi(62D5/2) in the presence of hydrogen and deuterium;
PBE3= 1.5NnNnr2 poadwN”™ = 6.66 kN m*“2;E = 845 J.
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TABLE I: Rate Constants (teg, cm3molecule 's', 300 K) for the Collisional Removal of Bi(62D3(215/2) and

Sb(5203,2s,2) by Various Gases

Gas Bi(62D32)(1.416 eV) Bi(62Ds,2)(1.914 eV) Sh(52D3/2)(1.055 eV)®  Sh(52Ds,2)(1.2°2 eV):
He (4.8 + 1.1) x 10"16 (4.2t 2.5) x 10"B <10"16 <6 x 10"'s

Xe <(24+1.0)x 10" <5 x 10"5

h2 (7.9 £ 0.8) x 10"U (5.6 £ 0.5) x 10" (66 +02)x 10"2 i(2.5 + 0.3) X 10"2
a2 (1.1 £0.3) x 10"'4 (24+0.2) x 10"

02 (8.1 +0.6) x 10" (17 +0.1) x 10" ~t(18+02)x 10

n2 <2 x 10"5B <5 x 10~5

co (7.6 £ 0.6) x 10™4 (54 0.3) x 10"'3 (13 +£0.1) x 10"” (7.5 + 1.1) x 10"12
co2 <4 x 10"5 (21 +0.1) x 10"13 (2.1 £ 0.5) x 10"'3 <lx 103

n2o (1.9 £0.2) x 10"14 (381 0.2) x 10"4

(1.6 + 0.1) x 10"'3

kg as a basis for discussion. No anomalous behavior was
observed with the remainder of the relevant data appropri-
ate to this section.

Separate consideration in some detail of the quenching
of the two spin-orbit states by H2and D2 is merited here,
particularly in view of recent strong current interest in
such isotope effects.7S33'"B First, in view of the relative nov-
elty of discussing heavy atom-molecule collisions in terms
of correlation diagrams based on (J,Q) coupling and also in
view of the difference from the appropriate diagram given
hitherto for Sb + H23®that correlating the relevant states
of Bi + H2and BiH + H is given here (Figure 9). This di-
agram is constructed using Gaydon’sb/ recommended value
for the bond dissociation energy of BiH of 25 + 0.3 eV,
based on a linear Birge-Sponer extrapolation of Heimer's
data. 3B Further, and particularly relevant to our discussion,
is that Herzberg™® and Rosen@) have designated the rele-
vant low-lying states in Hund’s coupling case (c). Hence, in
purely electronic terms, either reaction (possibly for
Bi(62D52)) or physical quenching for both states must in-
volve nonadiabatic transitions (NAT) in the absence of
suitable correlations (Figure 9). The quenching processes
may further be facilitated by a chemical interaction involv-
ing a BiH2species analogous to AsH26

As to the effect of the hydrogen isotopes in determining
the magnitudes of the probabilities of the NAT’s, while the
effect is not as dramatic as that observed hitherto for
1(52Pi/2),3433 large differences are observed. Quenching of
the 2032 state by H2 is 7 times faster than that by D2
(Table 1). No simple reason for this is offered. Near-reso-
nance processes would involve multiquantum vibrational
jumps. On the other hand, the faster quenching rate of the
D52 state by H2may arise from the near-resonance pro-
cess Bi(62D572) + HAu' = 0) — Bi(6D32) + HAu" = 1),
AE = +140 cm-1. Further, the recent calculation by
EwingD on the quenching of Pb(63Pi,2) and Sn(53Pi_2) by
H2 and D2, employing a modified form of the theory of
Sharma and Brau53%4 and involving long-range multipole
interactions for near-resonance E (electronic) —» V (vibra-
tion), R (rotation) transfer, clearly shows that electronic se-
lection rules as well as nuclear dynamic factors are critical
in considering such processes. It can only be hoped that
this type of calculation in the future may include consider-
ation of the data presented here, in particular, the faster
rates for the 2D52 state (assuming, of course, that this is
not due to chemical reaction). Furthermore, arguments
based on the Sharma-Brau theory have been employed by
Butcher et al.533to account for the temperature dependence
of the quenching of 1(52Pi/2) by H2, D2 and HD.453 One
conclusion of this work33 is the emergence of “propensity”
or selection rules for rotation for long-range interactions as

(3.3+0.3) x 10"

Figure 9. Correlation diagram connecting the states of Bl + H2and
BiH + H using (J,fi) coupling for reactants and products.

observed through such temperature effects. This is clearly
one direction for future work in the present case.

Diatomic Molecules. While Bi(62D32) exhibited good
first-order plots in the presence of molecular oxygen, the
plot of y(k* —K) vs. po2showed a large initial decrease
with increasing pressure of the quenching molecule. This
presumably arises from pumping of the 45322 ground state
by the low-lying b~g4 state of molecular oxygen,606l
which, in turn, has resulted from energy-transfer processes.
Although the system is complex, one can certainly say that,
in general, relatively slow rates were observed for the decay
of the 2D32state with 0 2 By contrast, the 2D,y2state, gen-
erated only in small concentrations in this particular sys-
tem, showed a relatively more rapid systematic decay with
no anomalous behavior, presumably because population
into the state by energy transfer from the low-lying states
of 0 2could not take place. The decay rates for Bi(62D32)
and Bi(62D52) were slower than those fcr their antimony
analogues, and this is consistent with the relevant correla-
tion diagrams. That connecting the states of Sb + 02and
SbO + O has been given previously® and the diagram for
the bismuth system is presented here (Figure 10). In the
case of antimony, there are either thermoneutral or exo-
thermic adiabatic pathways leading directly to chemical
products for both atomic states; in the case of Bi(62D)252)
+ 02 all processes, whether of reaction or relaxation, must
involve NAT's, as readily seen in Figure 10.

No detailed discussion is presented for quenching by mo-
lecular nitrogen or carbon monoxide. Chemical reaction of
either spin-orbit state with either molecule would be high-
ly endothermic and relaxation must occur in both cases by
NAT’s with the appropriate E i/2 surfaces. In the case of
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0(23P

Figure 10. Correlation dagram connecting the states of Bi + 02 and
BiO + O using (J,Q) coupling for reactants and products. (All sur-
faces are of the type E-,2. Correlations are indicated by the number
of B2 surfaces.)

BiO(A2ry-co (xIn

Figure 11. Correlation dagram connecting the states of Bi + C02
and BiO + CO using (J,fi) coupling for reactants and products and
assuming Cs symmetry in the collision complex. (All surfaces are of
the type Eis2. Correlations are indicated by the number of Ei/2 sur-
faces.)

CO (where the data for Bi(62D32) + CO were derived from
the initial-slope method as described for this spin-orbit
state with H2), relaxation is clearly seen to be sloner than
that indicated by the analogous data for Sb(5203252)3
(Table I).

In the cases of both antimony and bismuth, we presume
that quenching is to some degree facilitated by chemical in-
teraction.

Carbon Dioxide and Nitrous Oxide. The relatively slow
rates (Table 1) for the quenching of Bi(62032) and Bi-
(62D52) by carbon dioxide are consistent with the appro-
priate correlation diagram (Figure 11) where there are
clearly no direct adiabatic pathways to products. On the
other hand, the low probabilities for deactivation and/or
reaction for both states with nitrous oxide (Table I) are
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Figure 12. Correlation diagram connecting the states of Bi + N20
and BIO + N2 using (J,Q) coupling for reactants and products and
assuming Cs symmetry in the collision complex. (All surfaces are of
the type Ev2. Correlations are indicated by the number of f 1/2 sur-
faces.)

surprising in view of there clearly being direct channels
leading exothermically to products (Figure 12). However,
we may at least note that, especially in the case of N2,
there are a large number of different atomic states for
which there are often many surfaces leading directly and
exothermically to products; these states, however, involve
collisional removal rates of low probability.11-12 This is par-
ticularly the case for a range of light atomic species where
the weak spin-orbit coupling approximation has been em-
ployed.11-12 Appropriate examples are too numerous to dis-
cuss and the reader is referred to the relevant papers cited
ip reviews.11-12 The traditional explanation and one which
we would put forward here is that the N20 molecule is
characterized by a linear, closed-shell electronic structure,
and hence any collisional interaction with an atom, particu-
larly involving any degree of electron promotion for the
quenching molecule, will be characterized by a significant
potential energy barrier.

Ethylene. Relaxation by ethylene is presumed to arise
from chemical interaction with the 7r-bond system of the
quenching molecule.
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The photoreduction of hydrogen peroxide in water under hydrogen of up to 100 atm pressure has been in-

vestigated. The reaction involves a chain mechanism with the quantum efficiency for the disappearance of
hydrogen peroxide being strongly dependent upon the concentration of hydrogen peroxide. A maximum

quantum efficiency of about 35 mol/einstein occurs at a hydrogen peroxide concentration of about 5 X 10~4
M. At higher hydrogen peroxide concentrations the reaction (HO- + H22—=* H20 + H02), which leads to
chain termination by subsequent H02 reactions, is competitive with the chain-propagating reaction (HO-
+ H2—4 H2 + H-) so that the quantum efficiency decreases with increasing [H2 2. At lower hydrogen
peroxide concentrations the chain-propagating step (H- + HD 2—H20 + HO-) cannot compete with chain

termination by (H- + 02— H02) so the yield again decreases. Scavenging of hydrogen atoms at loner hy-
drogen peroxide concentrations is not well understood. The participation of H02- radical is inferred from
the observation of a strong pH effect which shows an inflection point at a pH near the pXaof H02- (4.88).

A complex mechanism for the reaction is proposed and analyzed by numerical integration of the resulting
rate expressions. This part of the work is an example of the usefulness of recently developed numerical in-
tegration techniques in the analysis of complex nonlinear reaction mechanisms.

Introduction

Because the reactions of radicals in solution are often so
rapid that rates are controlled by diffusion times, the diffu-
sion coefficients of such species are of considerable practi-
cal interest. Furthermore, precise values of these diffusion
coefficients contribute to a more detailed theory of molecu-

lar behavior in liquids. However, exactly because of the re-
activity of these radicals, it is virtually impossible to mea-
sure their diffusion coefficients using conventional tech-
niques.- Noyes has developed' and applied4 a technique
based upon the fact that if photochemically produced radi-
cals are destroyed by a second-order process and if a cell is
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illuminated with a pattern of light and dark areas, then the
average radical concentration in space depends upon the
intensity of the light, the sizes of individual light areas, and
the diffusive properties of the radical. This average radical
concentration can be conveniently measured if the radical
takes part in a chain process whose quantum efficiency can
be measured. The technique is called photochemical space
intermittency (PSI). The hydrogen atom is a very reactive
radical whose diffusive properties are interesting both in
their own right and as part of the radiation chemistry of
aqueous systems.O It was proposed to use PSI to determine
its diffusion coefficient in water. The photoreduction of hy-
drogen peroxide by hydrogen in water seemed a likely sys-
tem in which to establish the required long chain mecha-
nism with termination only by hydrogen atom recombina-
tion. However, it was not possible to establish these condi-
tions and we report here only the results of a kinetic inves-
tigation of the system.

The elementary processes originally expected to partici-
pate in the reaction are

H202 + hv — 2HO-

HO-+ H2— H2 + H- €))
H- + H202 — H20 + HO- )
H-+ H202— H2+ HO2 ®

HO- + H202 *H20 + HO2 @
H-+ 02 — HO2- ©®)
HO2+ HO02— H202+ 02 ®
H-+ H-— H2 14

Because of the similarity in magnitude6 of the rate con-
stants of reactions 1, 2, and 4 the ratio [H2/[H222 must be
much greater than one to suppress formation of the chain-
terminating HO02 radical and to keep [H-]/[HO-] sufficient-
ly large that only hydrogen atoms participate significantly
in chain termination. Calculations using available rate con-
stants6 and neglecting reaction 3 indicate that in order to
establish these conditions experiments must be done using
solutions under at least 100 atm of hydrogen. Even at this
hydrogen concentration (0.078 M) reaction 4 totally domi-
nates chain termination at hydrogen peroxide concentra-
tions near 0.01 M and the quantum efficiencies for hydro-
gen peroxide reduction are of the order of 1-2 mol/einstein.
According to the above mechanism, only at hydrogen per-
oxide concentrations less than 10-5 M and in the absence
of 02can termination by hydrogen atom combination be-
come dominant. The calculated quantum efficiency under
these conditions is about 1000 mol/einstein.

Experimental Section

Materials. The hydrogen used was Matheson Ultra-High
Purity grade and the manufacturer’s analysis found it to be
99.999% pure. In some experiments the hydrogen was
passed through a liquid N 2trap before use. Baker Analyzed
reagent grade 30% H2 2and 70% HC1O4were used without
further purification. All water was triply distilled with the
second and third distillations being from acidic dichromate
and basic permanganate, respectively. In some cases the
water was subjected to eoCo (7) irradiation before use and
the H2 2thus generated was used directly in the photolysis
experiments.7 All glassware was cleaned in hot dilute
HNO.i-H2 2solutions and baked in an oven before use.
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Photolysis Cells and the Pressure Chamber. The photo-
lyses were carried out using an all quartz vessel with three
compartments (Figure 1) contained in a stainless steel
chamber (Figure 1) capable of sustaining pressures of over
100 atm. The system was designed so that the photolyte
could be prephotolyzed to deactivate impurities. Prephoto-
lysis leads to a net consumption of oxygen in experiments
having hydrogen peroxide concentrations of less than 10 s
M. The three compartment vessel had two cells which were
actually used for photolysis. These cells were 1 cm deep,
had a diameter of 2 cm and were attached to a central res-
envoir by 1-mm capillary tubing. This cylindrical central
reservoir was 10 cm long and had a diameter of 2 cm. The
pressure chamber had three windows (Figure 1) of which
two were situated so that the two cells could be positioned
in a light beam. The third window was positioned so that
by using a mirror the entire length of the central reservoir
could be photolyzed. The windows were made of quartz
disks that were % in. thick and had a diameter of 2 in. They
were seated on 1.25-in. rubber “0” rings. The windows
withstood pressures of up to 100 atm. Access to the interior
of the pressure chamber was by the removal of a 1 in. thick
7 in. diameter plate held in place by 36, %6in. bolts. The
pressure chamber had wheels and ran or, a track so that ei-
ther cell could be positioned in the highly collimated pho-
tolysis beam or all three windows could be positioned in a
diffuse prephotolysis beam.

Photolysis Lamp. Since the eventual goal of this work
was the use of photochemical space intermittency, the pho-
tolysis beam was highly collimated so that the patterns
could be accurately projected. This was done using a 100-
W, low-pressure, point source mercury lamp obtained from
PEK, Sunnyvale, Calif. The light from this lamp was
passed through a diffraction filter with a maximum trans-
mission near 2537 A and then focused using a quartz lens.
Actinometry was done using potassium ferrioxalate accord-
ing to Calvert and Pitts.8The rate of absorption of light by
H2D 2 R, was found to be

/e!nsteln) S0 Homn A

Miter sec Vv

11 x 10-7(1 - e-2°[H2°21)

where ¢ is molar absorptivity of HD 2at 2537 A (20 A/*1
sec-1), 1 is the light path in the cell (1 cm), A is the area of
the light beam passing through the cell, and v is the vol-
ume of the cell.

Procedure. The chamber was pressurized by hydrogen
led in through the photolysis cells as shown in Figure 1.
During pressurization the photolyte was pushed out of the
cells into the central reservoir and all of the entering gas
bubbled through it. This was done to ensure (as much as
possible) that the photolyte was purged of foreign gasses
and saturated with H2 In each experiment the system was
degassed by five cycles of pressurization to 5 atm with H2
followed by evacuation to about 50 Torr. The Ho pressure
was then slowly raised to that desired for the photolysis.
When the final pressure was attained, pressures among the
three compartments were equalized so that the photolyte
reached the same level in each. The system was then pre-
photolyzed for several hours using a low-pressure mercury
lamp. Generally near 10% of the photolyte was consumed in
prephotolysis. After prephotolysis a small pressure differ-
ential was applied to the leads of the ce Is and all of the
photolyte pushed into the central reservoir and mixed.
After reequalization of pressures the two cells were photo-
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F-Capillary Tubing
G H2 Pressure Tubing
H- Inlet  Valves

Figure 1. Diagram of the pressure chamber and the photolysis cell
used in this work.

lyzed with the sample in the centra, reservoir used to estab-
lish the initial H202 concentration in the cells. Depressuri-
zation had to be done very carefully to avoid mixing of the
contents of the three compartments.

Analysis for the concentration of H202 was done using
the method of Ghormley.9The H202was allowed to oxidize
iodide ion to triiodide ion using molybdate as a catalyst
and the triiodide ion determined spectrophotometrically at
3540 A. This analysis was accurate to 5% in the 10-6 to 10“5
M H2Z02range.

Results and Discussion

Experiments were initially performed using a hydrogen
pressure of 100 atm and hydrogen peroxide concentrations
in the range 10-6 to 10~5M since these were the conditions
expected to be useful for PSI. However, the observed quan-
tum efficiencies for hydrogen peroxide reduction were
found to be only 1 or 2 mol/einstein rather than the larger
values expected from the calculations. The discrepancy was
laid to chain inhibition probably by an adventitious impu-
rity and every effort was made ~o find and exclude the
source of the inhibition. The hydrogen used was the purest
available commercially but attempts were made to purify it
further using various traps. All water was triply distilled
and in some cases it was irradiated in a 60Co 7 source be-
fore use. In these cases the hydrogen peroxide generated by
the irradiation was used directly in the experiments thus
eliminating the added hydrogen peroxide as a source of
contamination.7 After the system was degassed and hydro-
gen introduced to the desired pressure the solution was
strongly prephotolyzed before each experiment. At these
loner hydrogen peroxide concentrations, the system is re-
ducing, and it is expected that prephotolysis led to a net
consumption of reducible impurities. These include oxygen
even though it is in fact produced in experiments at higher
hydrogen peroxide concentrations. However these efforts
had no effect and the quantum efficiency stubbornly re-
mained in the 1 to 2 mol/einstein range.

Finally, in order to establish the general validity of the
mechanism of eq 1-5, 8, and 14, experiments were carried
out over much wider ranges of hydrogen and hydrogen per-
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Figure 2. Experimental (=) and calculated (-------) values of the quan-
tum efficiency of photoreduction of H202 over a broad range of
H20 2 concentrations and at a pH of 2. The H2 concentration is as-
sumed to be 0.0078 M which is the equilibrium value for a solution
under 10 atm of H2 gas. The vertical lines on either side of the maxi-
mum quantum efficiency indicate the H20 2 concentrations used in
Figures 4 and 5.

Figure 3. Experimental (¢) and calculated (-—------ ) values of the quan-
tum efficiency of photoreduction of H202 over a broad range of
H20 2 concentrations and at a pH of 2. The H2 concentration is as-
sumed to be 0.078 M which is the equilibrium value for a solution
under 100 atm of H2 gas. The dashed line indicates the behavior cal-
culated by considering only reactions 1, 2, 4, 5, 8,and 14

oxide concentrations. Figures 2 and 3 show the results ob-
tained at pH 2 and at hydrogen pressures of 10 and 100
atm, respectively, as the hydrogen peroxide concentration
is varied. The dashed line in Figure 3 shows the results ex-
pected on the basis of a mechanism including reactions 1, 2,
4, 5, 8 and 14 and with no 0 2present initially. The behav-
ior at higher hydrogen peroxide concentrations is as ex-
pected. The quantum efficiency starts our near 1 mol/ein-
stein at [H2D2 = 01 M and rises as [H22 decreases
toward 10-3 M, but between 10~3 and 10-4 M hydrogen
peroxide the quantum efficiency passes through a maxi-
mum and then falls back to 1-2 mol/einstein as [HD 2] falls
below 10~5 m. Figures 2 and 3 indicate that there is a
chain-inhibiting process that becomes important at hydro-
gen peroxide concentrations lower than 5 X 10-4 M. Since
H2 2participates in chain propagation only through its re-
action with hydrogen atoms to produce hydroxyl radicals
(reaction 2), it seems that the inhibiting process must act
by removing hydrogen atoms. Reaction 5 is a good candi-
date for the inhibitory process since HCD- is a chain-termi-
nating species and it is very difficult to exclude oxygen
from aqueous solutions.

Numerical Integration. Even in a system as simple as
this one which contains in principle only the two elements
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hydrogen and oxygen, a rather large number of formally
possible chemical reactions can be written. Some can be
immediately eliminated as thermodynamically unfavorable
or as having rate constants too small to be competitive, but
21 reactions remain which might become important at
some point in the wide range of experimental conditions in-
vestigated here. They are listed in Table 1.

Comparison of a model composed of a large number of
elementary reactions with data obtained over a wide range
of experimental conditions is most conveniently done by
numerical integration of the rate expressions resulting from
the model. This was done here using a HP-9830A program-
mable desk calculator and a BASIC versionlO of the algo-
rithm due to Gearll for numerical integration of “stiff’ dif-
ferential equations. This method allows the. calculation to
be done without recourse to the steady-state approxima-
tion.12 Numerical integration is most useful for treating
chemical kinetics data when the values of the rate con-
stants for most or all of the reactions are known initially.
Table 1 lists the literature values available for the model
used here. The values of some other rate constants were es-
timated or treated as parameters to be varied until a good
fit to the experimental data was achieved. The rate con-
stants for the acidic dissociation of the hydroperoxy radical
(pK a = 4.88)13were assumed to be comparable to those de-
termined for acetic acid4 which has a very similar pK a.
The estimated rate constants are by far large enough so
that equilibrium between H02 and 0 2~ was*always main-
tained during the integrations. Reaction 19 represents the
removal of hydrogen atoms by an unknown process. The
pseudo-first-order rate constant for this reaction, k\g, may
be the product of the concentration of an inhibitor and the
second-order rate constant for its reaction with hydrogen
atoms. This step only becomes important at loner hydro-
gen peroxide concentrations. The value of k 20 is apparently
strongly dependent upon experimental conditions (Table
1) and it was treated as an expendable parameter in the
present work. The value obtained by Davies, Kirschen-
baum, and Kustin (Table I, ref €) at pH 0 probably corre-
sponds to reaction 20a rather than reaction 20.

HD 2+ + HD2— HO- + HD ++ 02 (209)

The model composed of the reactions in Table | leads to
a set of five simultaneous differential equations in the con-
centrations of the species: H-, HO-, H02, 02- , and 02 The
concentration of hydrogen peroxide was held constant to
save calculation time. The photolysis times were adjusted
so that less than 20% of the HD 2 would have been con-
sumed. The times used in the calculations were very similar
to the experimental photolysis times and were in the range
of 1500-40 000 sec. The initial concentrations of the radi-
cal intermediates H-, HO-, HO2, and 02_were set at 10-15
M and the calculations indicated that they reached
pseudo-steady-statel2 concentrations after a few seconds of
photolysis. It was found at lower hydrogen peroxide con-
centrations that the value chosen for the initial concentra-
tion of oxygen was Vvery critical and so it is clear that the
experimental results will depend very strongly on the pu-
rity of the hydrogen used. The manufacturer of the hydro-
gen used in the experiments reported that it contained less
than 1 ppm oxygen. A thoroughly degassed solution under
100 atm of this gas will be in equilibrium with 0.076 mmHg
of 0 2and have an 0 2concentration of about 10" M. Cal-
culations were carried out using initial 02concentrations in
the range of 10~8to 10-6 M. The lower values may be justi-
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fied at lower hydrogen peroxide concentrations because of
the effect of the prephotolysis.

It was immediately apparent over the entire range of
reactant concentrations and initial conditions of experi-
mental interest here that reactions 1 and 4 are fast enough
to be the only significant fates of the hydroxyl radical. The
diffusion-controlled radical-radical reactions 15-18 were
not included in later calculations.

Higher Hydrogen Peroxide Concentrations. The solid
lines in Figures 2 and 3 show quantum efficiencies calculat-
ed using the model and rate constants listed in Table I.
The agreement between experimental and calculated
values of the quantum efficiency is good over a range of H2
concentrations of a factor of ten and a range of H2 2 con-
centrations of a factor of several thousand. However the re-
sults obtained at concentrations of HD 2 higher than that
at which the maximum quantum efficiency occurs are more
satisfying than those at lower concentrations of H2 2 since
these calculated values of the quantum efficiency depend
only upon already established rate constants. At these
higher concentrations of HA 2 the removal of hydrogen
atoms by reaction 19 is too slow to compete with reactions
2, 3, and 5. Furthermore, even in this strongly reducing so-
lution, net production of 0 2by the sequence of reaction 4
followed by reactions 8 or 9 quickly leads to concentrations
of 02much greater than any amount that could reasonably
be expected to be present initially. Final concentrations of
02approach 10-4 m at the higher hydrogen peroxide con-
centrations. The already good agreement between calculat-
ed and experimental values of the quantum efficiency in
this higher H2 2 concentration region could be improved
to any arbitrary precision by the adjustment of the rate
constants, but there is no guarantee that the final set of
rate constants would be’ either unique or any better than
the literature set.

The reaction of hydrogen atoms with hydrogen peroxide
can in principle lead to either HO and HO- (reaction 2) or
H2and HO02 (reaction 3). In discussion of earlier work in
solution15 it has been assumed that reaction 2 is completely
dominant, but results from gas phase work at the same
temperature of Gorse and Volmanl6 and by Meagher and
Heicklenl/ indicate that k2 and ka are of the same order.
The overall rate constant for the reaction of hydrogen
atoms with HD 2 was found to be about the same in all
cases. Our results agree with those in solution. The value of
kg must be less than 5 X 104 M-1 sec-1 since for higher
values of this rate constant the calculated values of the
maximum quantum efficiency begins to drop significantly
below that observed experimentally. It is not apparent why
there should be such a difference between the solution and
gas phase values of k2 and k 3.

The calculated value of the concentration of HOo- ap-
proaches 10“' M at the highest H2 2 concentrations used.
Even at the highest concentration of H02 encountered it is
not necessary to include reactions 20 and 21 in the calcula-
tions. The value of k20 must be less than 5 Mm~' sec-1 and
the value of k 2\ less than 1 M-1 sec-1 since higher values of
either rate constant immediately lead to much higher cal-
culated quantum efficiencies at higher concentrations of
H2 2than are actually observed. Reaction 3 is the reverse
of reaction 21. A value of AG°2i can be estimated on the
basis of available values of AGf® for the pertinent species.
Thus AG°2i ~ 8 kcal/mol and k 21~ 10-fi. Combining k 21

with our value of k3 indicates that k2i is actually < 5 X
10-2 A/-1 sec-1.
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TABLE I:

P
&

Reaction

HD, + hv~ 2HO
HO-+H,- HD + H

H +HD2- HD + HO
H +H,02- H2+ HO2
HO- + HD, - HXD + HO,-
H +02- HO2

Rate constant,
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HO2- H+ +02
02+ H+- HO2
ho2Z+ho2- hd2+02

ho2+02HI h22+ 02
H+HO02- HD2

02 +H HD,
H+H02- H2+02
H + H+ +02--> H2+ O,
H+H >H2
HO- + H - HD
HO- + HO- - HD 2

RPRRRRpRPRE B2
\losmbo'_\ol\)r—‘ Qo VNN

HO- + HO2 H2X +0/
18 HO-+O," H20 +02
19 H+X-?
20 HO02+H,02- HD + O, + HO-
2 HO02+H, - HD2+ H

M~ sec-1 Ref
iR = 0.5R a
4 x 107 b
9 x 107 ¢
<5 x 104 This work
4.5 x 107 d
2x 100 e
1.3 x 106 This work
7.2 x 100 This work
7.5 x 105 $
8.5 x 108 f
2x 10 g
2x 10 h
? h
? h
1x 10* i
2x 10° j
5x 109 Kk
7 x 109 I
1x 100 |
k, ,. X = 600 sec"1 This work
<5 This work
<1 This work

aJd. L. Weeks and M. S. Matheson, J. Am. Chem. Soc., 78, 1273 (1956). *H. A. Schwarz, J. Phys. Chem , 66, 225
(1962). M. S. Matheson, Adv. chem. ser., No. 50, 45 (1965). cJ. P. Sweet and J. K Thomas, J. Phys. chem.. 68, 1363
(1964). dH. A. Schvvarz, J. Phys. Chem., 66, 225 (1962). eR. L. VVi"SOI’], Tians. Faraday Soc., 67, 3008 (1971). /D.Behar,
G. Czapski, L. M. Dorfman, and H. A. Schwarz, J. Phys. chem., 74, 3209 (1970). sP. Y. Feng, A. Brynjolfsson, J. W. Hal-
Iiday, and R. D. Jarrett, 3. Phys. Chem., 74, 1221 (1970). h Assumed. 'J. K. Thomas, Int. J. Appl. Radiat. Isotopes. 16.
451 (1965). /J. K. Thomas, Trans. Faraday Soc., 61, 702 (1965). k J. Rabani and M. S. Matheson, J. Phys. chem., 70, 761
(1966). ;K. Sehested, O. L. Rasmussen, and H. J. Fricke, 3. Phys. chem., 72, 626 (1968).

TABLE Il
[HD 2], k.0,
Ref System M pH M lsec
y ray and uv 8x 10"8
a irradiation of to 0.2 Natural 530
HD 2
b 7 ray irradia- 1-20 Natural 3.7
tion of H,02
c 7 rav irradia- 0.1-5 1-1.5 02
tion of HD,
7 ray and uv Natural
d irradiation of 1-40 and io-J
HD 2 1
e Mn(ll) + HD 2  10-3to 10'4 0 600

a E. J. Hart and M. S. Matheson, piscuss. Faraday Soc., 12,
169 (1952). *F. Dainton and J. Rowbottom, Trans. Far-
aday Soc., 49, 1160 (1953). c c. Ferradini and C. Seide,

Int. J. Radiat. Phys. Chem., 1, 219 (1969). dD. Currie and

F. Dainton, Trans. Faraday Soc., 61, 1156 (1965). eG.
Davies, L. Kirschenbaum, and K. Kustin, inorg. chem., 7,
146 (1968).

At an average concentration of H3020f 3 X 10-4 m (Fig-
ure 2 shows this HI2 concentration relative to that at
which the maximum quantum efficiency occurs) and a H2
concentration of 7.8 x 10~ M there is little effect on either
the calculated or experimental quantum efficiency as the
pH is varied from 1 to 7. Figure 4 shows these results. Even
though pKa(H02-) = 4.88, it is not expected that there
should be a strong pH effect because under these condi-
tions since there is no fate of HCL- or 0 2 competitive with
disproportionation (reaction 8 and 9) and reactions 4 and 5
become rate determining for chain termination.

10
.S
£
;0
W
E
3
c
3
o
0 ;
1 2 3 4 5 6 7
pH
Figure 4. Experimental (=) and calculated (------- ) values of the quan-

tum efficiency of photoreduction of H20 2 as a function of pH in solu-
tions under 10 atm of H2 (equivalent to 0.0078 M) and having an av-
erage H20 2 concentration of 3 X 10-4 M These results are at the
higher H20 2 concentration indicated in Figure 2.

Lower Hydrogen Peroxide Concentrations. The situa-
tion becomes much more complex as the concentration of
H2D 2falls below that at which the maximum quantum effi-
ciency occurs (10-4 M). The most obvious cause of these
lower quantum efficiencies is adventitious oxygen that is
not removed by degassing or prephotolysis. Calculated
quantum efficiencies are greatly affectec by variations in
initial oxygen concentration over a range similar to that
probably present in the experiments, i.e., 10-ti to 10-fi M.
However, no single initial oxygen concentration seems to
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lead to agreement between observed and calculated quan-
tum efficiencies over the entire range of H2and H202 con-
centrations investigated. At these lower concentrations of
H202there is a net loss of O2during photolysis. The rate of
02 consumption depends upon the rate of photon absorp-
tion which in turn is directly proportional to the H202con-
centration. An initial concentration of O2that is sufficient
not to be completely reduced during a typical photolysis at
H202 concentrations close to 10-4 M is so high that the
quantum efficiency falls nearly to zero for H22concentra-
tions near 10-5 M. Even so, the difficulties of quantitative-
ly assessing the effects of adventitious oxygen in this sys-
tem are so great that we are not totally convinced that
these considerations unequivocally demonstrate that it is
not the cause of the low quantum efficiencies observed.
This is especially so as it may be that at the long photolysis
times used in these experiments small but important quan-
tities of oxygen are produced by the thermal decomposition
of hydrogen peroxide.

It is likely that HO2- (pff = 4.88)13is involved in chain
termination here in a process other than simple dispropor-
tionation. The results in Figure 5 show that there is a much
stronger pH effect on the quantum efficiency at this lower
hydrogen peroxide concentration than in the experiments
at the higher hydrogen peroxide concentration (Figure 4),
and that there seems to be an inflection point in the vicini-
ty of pH 5. Since the H02 radical is easily derived from O2
this is taken as further evidence of the possible importance
of adventitious O2under these conditions.

Calculations indicate that at these lower concentrations
of H202 the reaction of H- with HO2- can become impor-
tant. In the gas phasel8 this reaction leads mainly to H2
and O2 (reaction 12) rather than H2 2 (reaction 10) be-
cause of the exothermicity of the combination reaction.
While it does not seem likely that this could be true in solu-
tion, the replacement of reaction 10 by reaction 12 with k\2
= 1010 M ~1 sec-1 does lead to a fall-off of the calculated
quantum efficiencies at lower hydrogen peroxide concen-
trations. However, the agreement between calculated and
experimental quantum efficiencies cannot be made quanti-
tative and the suggestion that reaction 12 is the sole cause
of the low quantum efficiencies observed is not supporta-
ble.

The assumption which led to the agreement between cal-
culated and experimental quantum efficiencies shown in
Figures 2 and 3 is embodied in reaction 19; there is a H-
scavenging process that acts with a pseudo-first-order rate
constant that seems to retain a nearly constant value of 600
sec-1 during photolysis. This corresponds to an oxygen
concentration of 6 x 10-8 m if the inhibition results from
reaction 5. We can think of no reaction of H- with water or
any intermediate species possible in this system that is not
too thermodynamically unfavored to be important under
our conditions. If the inhibition arises from H- scavenging
by an adventitious impurity other than OZ2 then it is not
likely that this impurity is introduced with the H2since the
same value of &9 satisfies the data from experiments under
both 10 and 100 atm of H 2. Similarly, it is not likely that
the scavenger waes introduced with the hydrogen peroxide
since the same results were obtained when the hydrogen
peroxide was generated in situ by 60Co 7 irradiation of the
water. It is possible that an organic impurity was intro-
duced either with the water or from the pressure appara-
tus. One can imagine schemes in which the concentration of
a scavenger remains constant because of its regeneration ei-
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Figure 5. Experimental (=) values of the quantum efficiency of pho-
toreduction of H20 2 as a function of pH in solutions under 10 atm of
H2 (equivalent to 0.0078 M) and having an average H20 2 concentra-
tion of 6 X 10-5 M. These results are at the lower H20 2 concentra-
tion indicated in Figure 2. The solid line indicates the sort of depen-
dence of gpon pH that would be expected if HO2- and 0 2-_ partici-
pated in chain propogation with different rate constants.

ther by disproportionation or reoxidation of its H- adduct
by HO2 .

Conclusion

It has been demonstrated that the kinetic behavior of the
photoreduction of HD 2by H2can be quantitatively ration-
alized by a mechanism composed of the 21 reactions listed
in Table 1. Numerical integration of the rate expressions
resulting from this mechanism using literature values of
the rate constants reproduces the data. Reactions 3, 15-18,
20, and 21 are found to be too slow to participate signifi-
cantly in the reaction under the conditions of the experi-
ments. This allows upper limits to be set on the values of
the rate constants of reactions 3, 20, and 21. Reaction 19
represents the removal of hydrogen atoms by an unknown
process probably related to adventious oxygen. This pro-
cess suppresses chain termination by the combination of
hydrogen atoms and makes this system useless for the mea-
surement of the diffusion coefficient of the hydrogen atom
by means of photochemical space intermittency. Reaction
19 does not participate significantly at hydrogen peroxide
concentrations greater than 10-3 M. This makes the agree-
ment of calculated with experimental quantum efficiencies
more satisfying at H202 concentrations above this value.
The upper limits placed upon the values of the rate con-
stants for reactions 3, 20, and 21 are based upon results at
H2 2concentrations above 10-3 M.
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Kinetics of Oxygen-18 Exchange between Carboxylic Acids and Water

Richard L Redington
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Using the example of trifluoroacetic acid, infrared matrix-isolation spectroscopy is shown to provide an an-
alytical method for monitoring the oxygen exchange kinetics that occur in solutions of carboxylic acids and
water. The method should prove valuable in cases where locating specific 18 labels is important. The spec-
tra demonstrate that the singly 180 -labeled acid molecules are generated at equal rates on a macroscopic
time scale. The rate equation is followed over large changes of the 18 label for both acid and water mole-
cules. The samples, highly concentrated in CF3COOH, possess approximately equimolar amounts of 160
and 18. Deuteration (50%) reduces the specific rate constant by approximately 30%. Literature data for
the oxygen exchange kinetics of CF3COOH, CCI3COOH, CH3COOH, and C(CH3)3COOH are reexamined
and the rate constants and exchange pathways are discussed. In acidic solutions it appears that the pri-
mary exchange pathway is by direct attack of hydronium ion on the neutral acid molecule. The rate con-
stants determined using matrix-isolation spectroscopy are similar to those obtained using mass spectro-

metric analysis.

I. Introduction

Highly enriched 180 water has been used to hydrolyze
carboxylic acid chlorides or to undergo direct acid-cata-
lyzed oxygen exchange with the acids in order to obtain
samples for infrared matrix isolation study.l During the
course of the research it appeared that matrix-isolation
spectroscopy might be useful as an analytical tool for
studying the kinetics of 180 exchange. The present results
confirm that it is a practical alternative to the usual mass
spectrometric examination of CO2generated from samples
slightly enriched in 18. In addition to its relative experi-
mental simplicity, infrared spectroscopy enjoys a particular
advantage over mass spectrometry in that it can identify
the exact position of 18) labels.

The kinetics of oxygen exchange between slightly en-
riched 180 trifluoroacetic acid (TFA) and water have been
studied previously in dilute aqueous2 and mixed8 solvent
systems. The present experiments use very concentrated
TFA solutions with high acidities and approximately equi-
molar amounts of 1680 and 18. Thus, in addition to testing
the feasibility of a different analytical tool for the study of
isotope exchange reactions on a previously studied system,
the present research extends the scope of the kinetics data
and tests the rate equation of the TFA-water exchange re-
action in a new concentration region. It demonstrates the
explicit behavior of the individual isotopic acids.

The kinetics of oxygen exchange has been studied mass
spectrometrically for other carboxylic acids247 and litera-
ture results for the series CX3COOH, with X = F, Cl, H
and CH3 are discussed. One reason is that the exchange
pathways are ambiguous in the published rate equations: a
direct H3 + attack on the neutral acid molecule is kineti-
cally indistinguishable from attack by molecular HZ on
RCO02H2+ cation formed in a protonation preequilibrium.
The latter two step mechanism is assumed in the original
papers; however, a recent publication8 presents Raman
data as evidence to favor the direct H + attack on the
acid molecule. In addition to the mechanistic question,
values for the literature rate constants are determined as-
suming unit activity coefficient ratios in the acid dissocia-
tion constants under conditions that are distinctly noni-
deal.

In an attempt to clarify details of the exchange pathways
and rate constant values the general exchange rate con-
stant is expressed in terms of nine different elementary ex-
change pathways. The literature data are analyzed using
this equation and all rate constants are placed on the same
comparative basis.

1. Experimental Technique and Data Processing

The rate constants reported in this werk are for 180 ex-
change in the liquid phase at 22°C. The oxygen exchange
kinetics are followed by quickly vaporizing the sample at
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known reaction times and then isolating a portion of the
vapor in a neon matrix. The relative populations of the four
isotopic acid molecules are then found by measuring the in-
tensities of their nominal COH angle bending vibration.
Composition data for the three samples, each of milligram
quantity in TFA, water, and HC1, are given in Table I.
Sample A consists of nearly equimolar quantities of 180
and 18 initially distributed in 100 TFA and 96.5% en-
riched9 180 water. Sample B has a similar composition but
it was allowed to exchange for 15 hr prior to use in order to
prepare nearly equimolar amounts of the four TFA isotopic
acids (CF3COOH = ai; CF3(CI8)0H = a2 CF3CO(I80H)
= a3 CFX 18 18H = 84). This sample is used to calibrate
the relative absorption coefficients of the four species as
discussed below and, with the addition of D260, provides
kinetics run B. Sample C is similar to sample A except that
it contains HC1 at a higher mole fraction. The distribution
of HC1 between the liquid and vapor phases in the small
exchange vessel is necessarily approximated using the vol-
ume of the exchange vessel and the vapor pressure data of
Haase et al.l0for hydrochloric acid solutions.

Each of the exchange reaction vessels, 3.5-5.0 ml in vol-
ume, consists of the sealed-off stem of a 4 mm stopcock.
The stopcock is sealed to a 1- or a 2-1. storage bulb that is
used for metering the reagents, for stopping the exchange
reaction (by vaporization of the sample into this large vol-
ume) and, originally, for preparing the matrix-isolation
samples.

The liquid samples were prepared by successively con-
densing into the small reaction vessel (with liquid nitrogen)
the gaseous TFA, H218), and HC1 using an oil manometer
to measure gas pressures of approximately 1 Torr. The ki-
netics of oxygen exchange were followed by rapidly warm-
ing the frozen reaction mixture to 22°C and then maintain-
ing this temperature in a water bath for the desired time
interval (15 min to 1 hr). The isotopic exchange reaction
was stopped by vaporizing the sample into the large 1- or
2-1. bulb. An aliquot (200 ml) was removed for spectral
analysis and the bulk of the sample was then trapped back
into the small reaction vessel for additional reaction.

Neon matrices were used with matrix to sample ratios
near 700. The samples were deposited using a cryostat of
classical design and the spectra were recorded at 5 cm_lin.
chart dispersion using a Beckman IR-9 spectrophotometer.
Both single beam and double beam modes were recorded,
<sometimes using the scale expansion.

Neon was chosen as the matrix material since experience
with TFA has shown that data with a neon matrix are bet-
ter than data with argon or nitrogen matrices. In addition,
the neon samples could be volatilized from the sample
holder by warming the cryostat tip, rather than the entire
cryostat, thus making the experiments considerably more
economical.

The 180 isotope effect is large for the nominal COH
bending mode of the carboxylic acids.l This is the only vi-
brational mode for TFA (and other acids observed in this
laboratory) or for water molecules that shows a wide fre-
quency separation among the four isotopic molecules, is
very intense, and shows no matrix-induced multiplet struc-
ture when isolated in solid Ar or Ne. The absorption of this
strong band is therefore used to monitor the relative con-
centrations of the four monomeric acid species. Little or no
acid dimer occurs under the matrix-isolation conditions
used. Spectra are presented in Figure 1 for sample A isolat-
ed in neon near 5 K.
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TABLE I: Sample Compositions, jurmol

Sample CFXO0H« HD*& DD HCL
A 30 68 0 0.6
B (calibration) 59 125 0 1.3
B (kinetics) 53 113 125 1.2
C 36 72 0 36¢c

a Normal O isotope: “ O = 99.759%, "0 = 0.037%, i8 =
0.204%. b Enriched: 18) = 2.7%, ” 0 = 0.8%, ,sO = 96i.5%.
¢ Estimated partition during exchange reaction: 19 graol in
liquid phase, 17 pmol in vapor phase. The presence of the
HC1 in samples A and B is not very significant; however,
HCL is needed to catalyze oxygen exchange in similar expert
iments using acetic acid.

Figure 1. Nominal 8 COH angle deformation band of monomeric tri-
fluoroacetic acid matrix-isolated in neon at M/S ~ 700. Data for
sample A with liquid phase samples held at 22°C for the indicated
(total) time intervals. The band frequencies are 1118.8 for
CF3COOH, 1112.3 for CF3(C180)0H, 1099.5 for CF3(C0O)180H, and
1092.9 for CF3C 180 180H.

The absorption coefficients, Bu for the nominal COH
bending mode vary for the four acid species and Figure Id
clearly shows that B 4 is smaller than the others. The rela-
tive B, values are calibrated using spectra from two depos-
its (one on top of the other) of the initial sample B.

The population of each acid is directly proportional to
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TABLE II: Kinetic Data
Relative band areasO

Sample Time, min a2 a3

A 0

15 1.48 0.46 0.47

36 0.65 0.39 0.39

81 0.65 0.59 0.57

147 0.70 0.69 0.68

B 0 0.48 0.44 0.41

0 0.70 0.67 0.60

15 0.15 0.14 0.12

47 0.36 0.24 0.22

108 041 0.25 0.21
C 0

15 0.48 0.19 0.14

31 0.43 0.28 0.22

59 1.02 0.74 0.57

231
Relative populations
a4 a a2 a3 a4
1.00 0.00 0.00 0.00
0.15 0.58 0.18 0.19 0.06
0.22 0.39 0.24 0.24 0.13
0.22 0.27 0.25 0.24 0.24
0.83 0.24 0.24 0.23 0.29
028 (0.248 0.250 0.252)b
0.07 0.27 0.26 0.26 021
0.10 0.35 0.24 0.25 0.16
0.09 0.38 0.25 0.23 0.14
1.00 0.00 0.00 0.00
0.03 0.53 0.23 0.19 0.06
0.09 0.38 0.26 0.23 0.13
0.31 0.34 0.27 0.22 0.17

a“Area” = Afi2log /,,//, cf. eq 1. b Calibration sample taken with statistical equilibrium isotope distribution.

Bi, which should be obtained by integrating the area under
each absorption band. However, pianimeter measurements
for several of the band areas in the presently limited body
of data were too subjective (in view of noise and back-
ground) and the approximate equationll

B< = Ki A¥/21nn (1)
for the integrated absorption coefficient was used instead.
Here Ayl/2is the band half-width, 7 and 70 are measured at
the band maximum, and K, is a constant. A single straight
line was sufficient to define a uniform background level for
the four bands in nearly every recording. An average value
of Ayl/2 (based on at least eight of the best recordings) was
established for each acid. Values of Ayl/2were 1.33, 1.37,
1.16, and 1.21 cm-1 for ai, a2 83 and a4, respectively. Rela-
tive Ki values obtained using the calibration bands (ignor-
ing nonclassical isotope effects on the populations) are K\
= 1000 K2= 1-068, Ka= 1.175, and 74 = 1.682. The rela-
tive populations reported in Tatle Il are obtained using
these Ayi/2and 7f, values with the 7 and 70 measurements
taken from the single best (double beam) record for each
time point.

I11. Kinetics Equations

The four isotopically different TFA molecules (a4, a2 a3,
ad) can each react with H2180 (s) or H218) (e). In addition,
ions derived from the acid (CF3C02H2+, CF3COO0-) and
the water molecules (H3 +, OH- ) can enter into exchange
reactions. The kinetics equations presented in this section
and used to analyze the rate data are written for reactions
between neutral molecules alone since all of the ionic reac-
tions are incorporated into these equations through acid
and base equilibrium constants present in the rate constant
fex It seems sufficient on experimental grounds to consider
only the elementary bimolecular reactions between acid
species and water species as done by previous investigators.

Of the eight possible bimolecular reactions between ai,
a2 as, adland e, s, all except ad+ s and ad + e lead to isoto-
pic exchange products. Each elemental rate equation is as-
sumed to be of the form

—d[a,]/d/ = fejajje] %)

which is written explicitly for the single reaction ai + e —»

a2+ s. Of course, an identical equation exists for the reac-
tion aj + e —» 8+ s. The rate constant kKis assumed to be
independent of oxygen isotope but, as seen in the next sec-
tion, it clearly depends upon pH, temperature, and solution
conditions such as ionic strength. In addition, it is depen-
dent on deuteration.

To analyze the data the set of elementary rate equations
must be combined over all reaction possibilities. This
yields the overall rate expressions:

dla,/d/ - fex(-2[a,J[e] + ([a2 = [aJ)[s]) (3a)
dlaZ/d/ = A([a,] —2[a2] +
[a3Dle]l + ([a4] - 2[aZ + [aJ)[s]j) (3b)
dladl/d/ = fex(([ail + [aZ - 2[aJ)[e] -
Jadd + [a2] - 2[a3)[s]) = d[a2/d/ (3c)
dlagrd/ = kx([aZ + [a3)[e] - 2[a4][s])  (3d)
disld/ = 8 Jle] + (a2 +
[@3])([e] - [s]) - 2[adl[s]) (3e)

dle]/dl = —d[s]/d/ 3

These six equations were solved numerically as a function
of kx using time increments of 0.005 min. The initial
amounts of acid and water were obtained from the data of
Table I. The optimum calculated curves for runs A and B
are shown in Figures 2 and 3. The rate constants, which are
listed in the first column of Table Ill, are determined from
an unweighted least-squares fit of points on the calculated
curves to the 12 or 16 data points. The calculated rates d[aZ]/
dt and d[a”j/dt are equated (cf. eq 3c) because the expect-
ed rapid interconversion of these two species seems to be
borne out by the experimental observations.

Equations 3b and 3c, with negligible values for [e] and
[ai], are valid for the mass spectrometric experiments de-
scribed in the literature. Then
rate = -d([a2] + [a3])/d/ =

UXs])([a2] + [a3)) = (2fc{s])[a3] (4)

since a2and as are not distinguished by mass spectrometric
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Figure 2. Plot of kinetic data for run A with the best-fit least-squares
solutions to eq 3.

Minutes

Figure 3. Plot of kinetic cata for run B (53% deuterium content) with
the best-fit least-squares solutions to eq 3.

analysis. Dividing by the initial total isotopic acid concen-
tration ([a2 + [&3])°, with the definition F = ([ag + [ad)/
(Wl + [))°, leads to the usual pseudo-first-order rate
equation

—dF/dt = (fejs})F = kx'F )
The observed rate constant kx is given as (&x[s]) when it is
expressed relative to the total isotopic acid concentration
a3 + [R)) but it is given as (28x[s]) when expressed rela-
tive to a single acid, i.e., to a2or to &) alone.

To allow literature comparisons, the present rate con-
stants are expressed relative to a single acid isotope, e.g., ai
in eq 3a (cf. run A) so that kx = (2kxw). Here w is the
total quantity of water present in the given experiment; all
the water is effectively present as H2160 in the literature
experiments. The proper comparisons are clear in eq 3a-c.
Each elementary exchange reaction proceeds with a rate
constant kx given by kx times the appropriate water con-
centration. The two elementary reactions occurring in the
literature experiments have net result a2 -m ai and a3—* ai,
whereas the initial rate of experiment A is described by ex-
actly the opposite of these two reactions. Under other ex-
perimental conditions, e.g., those of run B, the same two re-
actions are of interest but only as they would occur if all
the water were present as H2190 .

The various kx values and half-lives are compared in
Table I11. Values for the mole ratios (h/w) are also given
there, where h refers to moles of hydronium ion and w to
total moles of water. In order to more directly compare the
data, a plot of —og kx vs. —og (h/w) is shown in Figure 4.
(The use of log (h/w) instead of pH will be discussed.) It is
seen that the exchange rates for the concentrated acid solu-
tions and the two mixed solvent systems are about half
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those from the dilute acids at an ionic strength of 4. It is
also noted that the rate for experiment B, with about 50%
deuteration, is slower than the rates of experiments A and
C.

IV. The Exchange Rate Constant

Nine elementary exchange rate constants arise when the
acid species RCOOH2+, RCOOH, and RCOO- (indicated
by subscripts 1, 2, and 3 in the rate constants of eq 6) can
each react with H30+, H2D, or OH- (indicated by super-
scripts h, w, and b in the rate constants). Three of the nine
pathways for oxygen exchange between water and TFA
species are illustrated in eq 6 (cf. ref 2 and 3). The other six
pathways are obtained by replacing the water molecules in
eqg 6 with hydronium or hydroxide ions. The set of nine ex-
change reactions, interconnected by equilibrium constants
K 1 F t and K w, are represented by the single equations s +
a2-*me + ai inthe previous section.

\"
H20 + RCI180OOH2 — » H2180

+ RCOOH/
By
H20 + RCI1BOOH — - H2180 + RCOOH (@
k W
H20 + RCI1800" H2180 + RCOO"

The exchange rate constant that is straightforwardly
found on including all nine pathways, expressed relative to
(RCOOH), and incorporating the concentrations of the
oxygen-exchanging HD, H +, and OH- , is

kx' =

KW + kAKjh o+

[kxbh3 + (k2hKKx + kK~ w W +

GaKK2W + K2ZKKKW) +

{K}1% K2 +

(fe3 ViV (OH-)][12 + K {h + KxK2]- @

As written, this expression for kx is appropriate for the
mass spectrometric experiments since all the water species
have the same isotopic label (i.e., 18). More generally, kx
for each bimolecular reaction (cf. eq 2) is given by

kx = + (kiKxK2 +
w + KKV + (v ~w + KBKLKj) +

(KAKAKAKAT TN + KZr + KXK2D)3 (8)

kohrs + @errv +

The K\, Ko', and K J equilibrium constants are obtained
from K 1, Ko, and K wby dividing out the water concentra-
tion terms. The parameter r = (H30+)/(H2) = (H3® +)/
(H28) = (HD +) + (H3® +))/((HD) + (H2R)) is a di-
mensionless, pH dependent constant (that depends on hav-
ing a fast proton equilibrium). These equalities disregard
any nonclassical isotope effects on the 180 - 180 isotope dis-
tribution. It is seen that k x is pH dependent even in the ab-
sence of direct attack by hydronium or hydroxide ions in
the exchange reactions. Equations 7 or 8 show that the ex-
change constant is a polynomial in (H3 +) and demon-
strate the kinetic indistinguishability of pathways that are
grouped into the coefficient of each power of (H3 +). How-
ever, on assuming that a fair degree of uniformity exists be-
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TABLE Ill: Rate Constants for Trifluoroacetic Acid Solutions

105, 104v , Half-life,
Sample gtmol lsec ' sec 1 min
A 10 6.8 17
B 0.15 35 33
C 1.2 8.3 14
AgueousQ 15.7 7.4
AgueousO 0.36 321
25% acetonitrile* 0.17 676
40% tetrahydrofuran® 0.087 1330

OReference 2. * Reference 3.

Figure 4. Correlation of observed exchange rate constants (kx =
kx' /W) with hydronium ion presence. Here r is the dimensionless
ratio (h/W). The nearly linear curves are obtained from eq 11 using
rate constants from Table V. Points A, B, and C are for runs A, B,
and C of the present work using very concentrated TFA at 22°C.
Point B occurs above the line drawn through A because of its kinetic
deuterium effect. Lines D and E are fcr TFA in 25% v:v acetonitrile
and 40% v:v tetrahydrofuran at ionic strength 0.065 M and 25°C,
respectively 3 Line F is for 0.3 M TFA at ionic strength 4.0 M and
25°C.2

tween corresponding oxygen exchange rate constants for
the carboxyl groups of different acids, it is possible to pro-
pose tentative rate constant values for the various path-
ways. This is examined in the following section.

V. Exchange Pathways

It is reasonable to expect that the similarities between
various carboxyl groups that are expressed in their struc-
tural and spectroscopic properties should also be reflected
by a pattern of similar oxygen exchange rate constants.
These rate constants should be much less sensitive to par-
ent acid than the rate constants involving simple proton
transfers. In the present section a uniform set of oxygen ex-
change rate constants are proposed. The set is not proved
but alternative interpretations of the kinetic data lead to
elementary rate constants that are intuitively less satisfac-
tory, that form erratic correlations, and which sometimes
seem to be contradicted by data on other acids.

In sulfuric acid solvent, pK/ values for TFA.12 TCA,12
and acetic acidl3 are —13.5, —13.1, and —6.6, respectively.
If similarly large K\ values hold under other conditions,
and they are assumed to dominate their terms in eq 7, it
then reduces to
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10\h/\V) Comment
81 22° C (TFA) very conctd
54 22° C, (TFA) very conctd, 53% deuteration
290 22° C, (TFA) very conctd,

21 25°C, (TFA) =03 m, 1 =4wm

0.55 25°C, (TFA) =03 M, 1 =4m

0.79 25°C,/ = 0.065 m

0.91 25°C, 7=0.065 m

kx' = [k2hh2 + (kbK2 + kevW)h +
(k.”K2W + k2bK j + k bK2(OH") /(h + K2 (9

In empirical form, to define rate constants ko, k\, ko, and
k-i, thisis

kx' = (k2h2 + kxh + ko + 7?2,(OH"))/

Hi + K2) = 55.5R* (20)

The relation kx = 55.5R* connects the literature data for
exchange in dilute agueous solutions256 (i.e., experimental
rate values R*) with the present k x' expression. The empir-
ical rate constants k2, k\, k0, and fe_i for TFA,2TCA,2ace-
tic,0and pivalic3 acids are determined as a function of Ko
(the acid dissociation or Ka equilibrium constant) by a
least-squares fitting of the literature rate data. The expres-
sion Y = 55.5rR*(h + Ko) is fit with Y ~2weighting of the re-
siduals in order to obtain similar percentage accuracies for
the large and small Y values. The results are listed in Table
1V, where all rate constants are expressed in units of M_1
sec-1. The kinetically determined Ko values imply activity
coefficient ratios near unity for TFA and TCA at 25°C but
a ratio near 3 for acetic acid. Large molar activity coeffi-
cients are reported for acetic acid in experiments at high
ionic strength." The temperature dependence of the sug-
gested Ko values for TFA with ionic strength 7 = 4 resem-
bles that observed for the aqueous acid:l4 Ko = 0.588 at
25°C and Ko = 0.533 at 35°C.

The ko rate constants are not sensitive to K2 but the K\
and ko rate constants decrease about 50% on using Aa3 in
the calculations and they increase by 100-150% on using
3Ka

The four K\ rate constants are reduced to rate constants
for specific pathways in Table V by using their definitions
as given in eq 9 and 10. It is immediately seen that &n
(which stands alone as k2 and is the path involving direct
H;iO+ attack on the neutral acid molecule) is large and of
relatively uniform magnitude when the acids are compared
at the same temperature. If k\ is taken as k2hK 2, i.e. that
k3hK 2» k2ww is assumed, it is found that k 3h is compara-
ble in magnitude to k2h for each acid (column 3). The
marked decrease of k j that occurs on passing from TFA
and TCA to acetic and pivalic acids is fully explained. In
contrast, assuming that ko~w » k3hK 2 leads to the less
plausible listing of k2w values given in the last column of
Table V.

It is suggested that k 2h and k 3h are of similar magnitude
(1-15 X 10-4 M-1 sec-1 at 25°C) and that k2w is smaller
than this pair by a factor of approximately 10-4. While k 2w
could not be determined here, a value near £:iwis not con-
tradicted by the data. From Table V it also seems reason-
able to suggest that the k2h-k 3h rate constant range may
serve as an upper limit to the k 2b and k 3h values.
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TABLE 1V: Rate Constants (Eq 10)a

Sample 104k 2 1041t

Trifluoroacetic acid

ag, 0°C 1.93 0.98

ag, 25°C 14.4 9.26

aq, 45°C 116 26.9

25% AN, 25°C 10.2 1.83

40% THF, 25°C 4.65 1.06
Trichloroacetic acid

aq, 25°C 1.13 0.67

aq, 55°C 9.62 6.02
Acetic acid

ag, 25°C 5.34 -

ag, 53°C 46.2 0.00071

ag, 101°C 1050 0.0022

ag, 123°C 3010 0.0281
Pivalic acid

ag, 101°C 117 0.0010

ag, 123°C 322 0.0098

Richard L. Redington

104fto 104t , K.
<0.001 2.17 1.038*
<001 10.3 0.788*
<01 28.5 0.638*

— - 0.388c

— - 0.388c

<0.01 0.77 0.25
<001 5.49 0.19%

— _ 6x 10 6
2.40 x 10-" — (6 x 10-6)*
2.11 x 10-7 - 6x 106
3.02 x 109 - 3x 106
3.09 x 10-* - 3x 106

a Units for all rate constants are Mm~' sec- ', data from ref 2, 3, and 5. b kK 2 values yielding minimum least-squares error in
kinetic data. Standard k, values are 0.588, 0.25, 1.76 x 10-5, and 8.91 x 10-6 for the four acids at 25°C. cAssumed value,

cf. 0.588 in waterl4and 0.208 in 40% v:v dioxane.15

TABLE V: Rate Constants (Eq 9]ia

Sample 104k 2n 104fth

Trifluoroacetic acid*

aqg, 25°C 14.4 11.8

25% AN, 25°C 10.2 4.7

40% THF, 25“C 4.7 2.7
Trichloroacetic acid

aq, 25°C 113 2.7
Acetic acid

aqg, 25°C 5.3 -

ag, 101oC 1050 370
Pivalic acid

ag, 101°C 117 330

a Units for all rate constants are Mm~* sec-'
M lsec respectively.

The k\h rate constant could conceivably compare with
the k2h in magnitude but there is no concrete evidence to
support this idea; a similar remark is appropriate con-
cerning an association of ftiwwith ftavand k 3w.

In this interpretation the practical exchange pathways
are seen to be dominated by the HY + or OH- reactions. In
acidic solution H + + RCOOH occurs in all cases and
H3+ + RCOO- is important when there is sufficient
anion present in the acidic solution. In basic solutions the
slow exchange for acetic and pivalic acids is due to H20 +
RCOO- . For TFA and TCA the practical contribution from
this reaction is superseded by OH- + RCOO-. The
RCOOHo+ concentration is too small to effectively partici-
pate in oxygen exchange unless ftiwis many orders of mag-
nitude larger than the various rate constants listed in Table
V.

There are too few matrix-isolation experiments to deter-
mine accurate elementary rate constants; however, the new
data can be compared with the literature results for acidic
media. To do this, eq 8 is written as

k~r2 + k3hK 2")r
k, = r+(K2' o hw (ID
Estimates for w can be given for the concentrated TFA
samples used for the matrix-isolation studies. Densities for
solutions A, B, and C are approximately 1.25, 1.20, and 1.18
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104ftav
if
104ft3nv 104t (k2w W > k3hK?2)

<2 x 104 131 (0.17)
- - (0.03)
- - (0.02
<7 x 104 31 (0.01)

72x 10 5 — (4.0 x 10-5)

15 x 105 - (1.8 x 105)

. * Approximate ftzh values for samples A, B, and Care 5.4, 3.7, and 4 x 104

g/ml, respectively, obtained from pure component densities
weighted by their solution mole fractions (for the liquid of
sample C it is estimated that X hci = 0.21). Using these
densities, w = 18, 26, and 7 M for solutions A, B, and C.
Figure 4 is a plot of the available data expressed as —og
kx's/w) vs. -log (h/w) along with eq 10 and rate constants
from Table V (k/ = if2555). The r = h/w values for
points A and C were calculated using K 2 = 0.588/55.5. The
value of r for point C is the least reliable since the HC1 so-
lution component was not analytically determined but esti-
mated from data for hydrochloric acid.10The line with unit
slope is therefore drawn through point A alone.

The value calculated for r of point B is based on an esti-
mated K 2value of 0.288 for the mixed HD-D 20 system.
The value 0.288 (~0.588/2) was chosen on the basis of the
Gross-Butlerl6 equation for HD-D 20 mixtures and the
knowledge that K 2h/k-2d = 3 to 6 for carboxylic acids.16
This ratio is unknown for TFA. The quadratic term in eq
11 is the most important for points A, B, and C and there-
fore allows an estimate to be made for k 2h and ft2m (m re-
fers to the mixed HD-D 2 system). Using kx = fdir,
where the units are now A/-1 sec-1, ftoh= 5.4 X 10-4 for A,
4 X 10-4 for C, and k2m = 3.7 X 10-4 for B (cf. Table V
comparisons). The kinetic isotope effect is then k2m =
0.7ftZh determined using points A and B only.

It is seen in Figure 4 that the rate constants are similar
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for the set of TFA samples and that the exchange rate for
the concentrated aqueous solutions and for the mixed sol-
vents is about one-half that of the dilute aqueous samples
with corresponding values of h/w. It is also apparent that
near linearity, with unit slope, of log-log plots is a poor di-
agnostic tool.

The observation that acids a2 and aj are generated at
equal rates does not impart new information concerning
the oxygen exchange mechanism because fast proton trans-
fers occur between the acids and water.17-18A likely mecha-
nism proposed to explain the proton exchange equally well
explains rapid interconversion of acids a2and 83

Proton transfers must play a very important role in the
oxygen exchange process. This is clear on interpreting sim-
ple equations such as HCU + RCOOH —»RC(0H)20H2+
or on considering more detailed mechanisms for oxygen ex-
change or mechanistically similar hydrolysis reactions.190

Knowledge of the kinetic deuterium effect is therefore
essential to an understanding of the detailed exchange
mechanism. Generally, it is classified into primary (or zero
point) effects that are strongly mass dependent and into
more subtle secondary effects that involve in some manner
the nearby hydrogen bonded solvent cluster or the bulk so-
lution.

Equilibrium constants for the self-ionization of water
and the ionization of carboxylic acids show large kinetic
deuterium effectsl6 (kh/kd = 9 and 3-6, respectively)
while hydrolysis reactions show smaller kinetic deuterium
effects. Detailed interpretations are still controversial but
it appears that the above large overall kinetic deuterium ef-
fects rest with the predominantly primary character of the
initial ionization step as compared to more secondary ef-
fects associated with ion recombination.

Concerning the present problem, it has been found that
[22(H) = 0.89/z2(D) (which reduces to k 2h = 0 Jk-2d) for ace-
tic acid.5For CCIHZCOOH the result is k 2h = 0.6/?24 under
similar conditions of dilute acid concentration. The
present experiment on TFA suggests that kom = 0.7fezh
(deuteration yielding the slower rate constant) in contrast
to the inverse result for dilute acetic acid. It is expected
that the TFA result reflects a much larger primary contri-
bution to the isotope effect. The kinetic deuterium effect
should be directly related to the water structure that sur-
rounds the TFA molecule and there are, on the average,
only two water molecules per TFA molecule in the concen-
trated solutions that were used. The magnitude of the
changes observed, assuming that TFA is comparable to
acetic acid in behavior as suggested by the results of Table
V, suggests that a systematic study of the kinetic deuteri-
um effect over a wide range of acid concentrations might
provide a sensitive, fruitful means to help elucidate the role
of solvent in these general hydrolysis reactions.

V1. Conclusions

1. Infrared matrix-isolation spectroscopy is shown to

provide a feasible analytical method for following the oxy-
gen exchange reactions in solutions of carboxylic acids. Tri-
fluoroacetic acid is studied here, however, the nominal
COH angle bending vibration used to monitor the isotopic
acid concentrations shows similar behavior in formic, ace-
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tic, propionic, and haloacetic acids observed in this labora-
tory and, presumably, in other acids as well. It is hoped
that the sampling technique can be used to study oxygen
exchange in more complex acids, such as pyruvic acid
(CHs(C=0)CO00H), which contain several exchangeable
oxygen atoms and which are not amenable to mass spectro-
métrie investigation.

2. The rate law and rate constants obtained for very con-
centrated trifluoroacetic acid solutions are similar to those
found in dilute solutions.

3. The kinetic deuterium effect for very concentrated tri-
fluoroacetic acid solution is much more nearly “primary”
than that for dilute acetic or chloroacetic acids, which are
more nearly “secondary” in nature. The study of oxygen
exchange rate laws and kinetic deuterium effects in very
concentrated solutions may be of wider interest, serving,
for example, as a model system for studying the behavior of
water in hydrated systems.

4. An expression for the general exchange rate constant
is written that includes nine possible elementary exchange
pathways. Exchange rate constants for several dilute car-
boxylic acids are evaluated using this general expression
and the literature data. Upon considering comparative ki-
netic and equilibrium constant data for these acids, it is
possible to suggest tentative rate constants for pathways
that are kinetically indistinguishable on the basis of data
for a single acid. Thus, it appears that the dominant ex-
change pathway for the four carboxylic acids investigated is
via hydronium ion attack on the neutral acid molecule
rather than via water molecule attack on the acid cation
formed in a protonation preequilibrium.

Acknowledgments. The author gratefully acknowledges
financial support of this work by the Texas Tech Universi-
ty Institute of University Research and the Robert A
Welch Foundation of Texas.

References and Notes

L Redington, Spectrochim. Acta, Part A, 31, 1699 (1975).

R. Llewellyn and C. O’Connor, J. Chem. Soc., 4400 (1964).

. L Bender and H. d’A. Heck, J Am. Chem. Soc., 89, 1211 (1967).

Samuel and B. L Silver, Adv. Phys. Org. Chem., 3, 123 (1965).

R. Llewellyn and C. O’'Connor, J. Chem. Soc., 545 (1964).

O’Connor and T. A. Turney, J Chem. Soc. B, 1211 (1966).

T. McTigue, P. V. Renowden, and A. R. Watkins, Aust. J. Chem., 23,
381(1970).

(8) C. J. O'Connor, T. A. Turney, M. E. Bridson, and A. B. Hardie, Nature
(London), Phys. Sci., 237, 128 (1972).

(9) Water 0-18 obtained from Koch lIsotopes, Inc., 72 Rogers Street, Cam-
bridge, Mass. 02142, with stated composition: 0-18, 96.5%; 0-17,
0.8%; 0-16, 2.7%.

(10) R. Haase, H Naas, and H Thum, Z Phys. Chem. (FranKfurt am. Main),
37, 210 (1963).

(11) D. A. Ramsey, J. Am. Chem. Soc., 74, 72 (1952).

(12) References 7 and 8, based on data of M. Liler, J Chem. Soc., 4300
(1965).

(13) J. T. Edward and I. C. Wang, Can. J. Chem., 40, 966 (1962).

(14) A. L Henne and C. J. Fox, J. Am. Chem. Soc., 73, 2323 (1951).

(15) C A Bunton and T Hadwick. J Chem. Soc., 3248 (1958).

(16) P. M. Laughton and R. E. Robertson in “Solute-Solvent Interactions”, J.

F. Coetzee and C. D. Ritchie, Ed., Marcel Dekker, New York, N.Y.,

1969, Chapter 7.

E. Grunwald, C. F. Jumper, and S. Meiboom, J. Am. Chem. Soc., 85,
522(1963)

(18) C. S. Highsmith and E. Grunwald, J. Phys. Chem., 78, 2339 (1974).

(19) E H Cordes and H G. Bull, Chem. Rev., 74, 581 (1974).

(20) R. L Schowen, Prog. Phys. Org. Chem., 9, 275 (1972).

S
TOUDZOD

@7

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976



236

J. L. Copeland, A. S. Metcalf, and B. R. Hubble

Effect of Lithium Content on the Kinetics of Pyrophosphate Degradation in Molten

Nitrates

James L. Copeland,* Arthur S. Metcalf, and Billy R. Hubble

Department of Chemistry, Kansas State University, Manhattan, Kansas 66506 (Received August 18, 1975)

Publication costs assisted by Kansas State University

The pyrophosphate anion is stable in molten NaN03and nitrates of the heavier alkali metals. However, if
Li+ ion is present in the melt, PAD74“ is degraded according to the reaction: PA>/4_ + 2N03_ —»2P043~ +
2N02(g) + 0.502Zg). Kinetics of this reaction, with respect to P2 74- in excess molten nitrate (1:55 mole
ratio of PA74- to NO.r), were studied by allowing Na”~CL to react with molten mixtures of LiN03and
NaNO03 and with pure LiNO03 over the temperature range from 610 to 625 K. When account was taken of
the four Na+ ions from each Na4P2) 7 unit, the effective cation mole fractions of Li+, Xu, in the various re-
acting systems were 0.9323, 0.8377, 0.7431, and 0.6530, with the ratio of P2 74- to N 03~ being 1:55 in each
case. First-order kinetics with respect to P2 74- was observed with the rate constant, k h varying from (3.31
+ 0.19) X 10~2min-1 at 610 K and Xu = 0.6530, to (30.2 + 0.7) X 10~2min-1 at 625 K and Xu = 0.9323.
Constant temperature plots of ki vs. X Li indicated in each case an almost tripling in value of k\ from X Li =
0.7431 to 0.9323, and a tendency to level off in the vicinity of Xu = 0.75. This leveling off effect manifested
itself at the lower temperatures as an inflection plateau near x u = 0.75. An interpretation is provided in
terms of which P24~ experiences a change in its average coordination with Li+ ions with changing Li+
concentration, resulting in the P-O-P bridge being made more susceptible to rupture by N 03~ at the high-

er Li+ levels.

Introduction

Earlier work in this laboratory involved investigations of
the stoichiometries and kinetics of acid-base reactions of
various cyclic and chain phosphates with molten NaN03
solvent.l In every case the net reaction with respect to the
N 03~ ion was

2N03 — 2NO02(g) + 0.502(g) + [02-] (1)

in which [02-] denotes the effective donation of an oxide
ion to a phosphate acid, and does not imply the existence
of any appreciable 0 2~ concentration in a nitrate melt.12In
all cases studied degradation of any phosphate species did
not yield a product simpler than the P2>74~ ion, whose
double end-group structure apparently represented a sta-
ble form in molten NaN03and nitrates of the heavier alka-
li metals. However, it was observed that if molten LiN03
was used as the reaction medium, degradation to P043- oc-
curred, indicating a distinct cation effect.l This is not
unexpected in view of work by Markowitz et al.,3 and by
other workers cited in extenso in the work of ref 1.

The present work constitutes a study of the kinetics of
the reaction

P2074- + 2N0O3 — »2P043- + 2NO02(g) + 0.502(9) (2)

Li+

with respect to P2D74- in excess molten alkali nitrate sol-
vents (55:1 mole ratio of N03- to PA)74-) as functions of
Li+ concentration from 0.6530 to 0.9323 cation mole frac-
tion, and of temperature over a fairly small range from 610
to 625 K. Lithium content in the molten nitrates was con-
trolled by mixing appropriate quantities of LiN03 and
NaNO03

Experimental Section

Materials. Reagent grade LiNO03 was obtained from
Fisher Scientific Co., and reagent grade NaNO03was from

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976

Mallinckrodt Co. The LiN03was vacuum dried at 125° for
ca. 48 h, and was finely ground by mortar and pestle in a
drybox. The NaN03was oven dried at 125° for at least 24 h
prior to being finely ground in the drybox. Reagent grade
NadP207-10H2D wes from the Baker and Adamson Co.
This salt was thermally and quantitatively dehydrated, as
in earlier work,4 and was also finely ground in the drybox.
All handlings of these compounds were performed in the
drybox, with the exception of the kinetic runs themselves
to be described later. Argon, used as the reaction system
purge and ambient blanket gas, was from the National Cyl-
inder Gas Co. and had a stated purity in excess of 99.9%. It
was passed through a drying tower packed with Mg(C104)2
before entering the system.

Apparatus and Instrumentation. NMR analyses of dis-
solved reaction residues were performed using a Varian As-
sociates Model XL-100 NMR spectrometer equipped with
a 3P probe and proton lock. Spectra were accumulated
with a Varian Associates Model C-1024 time average com-
puter, and were integrated using a K. and E. compensating
polar planimeter, Model 62 0005. Samples were contained
in Wilmad Glass Co. 12-mm o.d. NMR sample tubes with
plastic caps.

A constant high-temperature bath (£0.5°) was employed
in the form of a thermostated, stirred bath of molten
NaNO03K N 03 eutectic, and is described in detail else-
where.5

All temperature measurements were performed using a
Leeds and Northrup No. 8691 millivolt potentiometer with
chromel-alumel thermocouples and an ice-water reference
junction bath.

Vycor reaction vessels and assemblies were identical with
those described earlier for quenched reaction rate stud-
ies. 156

Procedure. The mechanics of this procedure was basical-
ly the same as employed earlier.16 Four types of alkali ni-
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TABLE I: Summary of Composition Data for Molten
Alkali Nitrate Solvents Allowed to React
with 0.1000 g of NadP2 71

Effective
Cation mol cation mol
Solvent  Mass of Mass of fraction fraction
no. LiNO3 g NaNOj, g Li+, X'l Li+, XLi
i 1.4247 0.0000 1.0000 0.9323
2 1.2834 0.1785 0.9000 0.8377
3 1.1385 0.3570 0.8000 0.7431
4 1.0005 0.5270 0.7000 0.6530

a In each case the total mass of alkali nitrate solvent
represents a 55:1 anion mole ratio of N03~to P 7-.

trate solvents were prepared differing in Li+ to Na+ ratios
for a fixed amount of NO3 ion. Table I summarizes these
composition data. Cation mole fractions of Li+ in the four
solvents, X'u, were 1 (pure LiNOa), 0.9, 0.8, and 0.7. When
each of the indicated quantities of the various solvents was
alloned to react with 0.1000 g of Na4P 2>/, contribution of
the four Na+ ions per P2D74- ion resulted in the actual, ef-
fective cation mole fraction of Li+ having the values X u,
given in the last column of Table I. In each case the amount
of a solvent reacted with 0.1000 g of NadP2ZZ¥ represented a
55:1 molar ratio of NO3 to P2074-. In this way, as ear-
lier, 6 NO3- was in sufficient excess to permit its concen-
tration to be approximated as constant while kinetics were
observed with respect to P2074-.

In a typical run the appropriate quantity of a nitrate sol-
vent was prepared by weighing and mixing LINO3 and
NaNC=38 solids in a drybox. The resulting crystalline mix-
ture and 0.1000 g of Na4P2=¥ were loaded into the separate
compartments of a Vycor reactor assembly.86 This assem-
bly was thermostated for several hours in the constant
high-temperature bath, during which time the reactor was
purged with a flow of dry Ar at a rate of ca 20-25 cm3
min-1. Upon attainment of thermal equilibrium by the re-
agents the Ar flow was terminated, and the NaiPaOr charge
was dropped into the molten nitrate reservoir as timing
commenced. The assembly was manually agitated during
the first minute to ensure rapid dissolution of NadP2>/. At
an appropriate time the reaction was stopped by plunging
the hot zone of the reaction vessel into ice-water (less than
10 s required for this action). The vessel was then stop-
pered and stored for residue analysis. This procedure was
repeated for each of the four solvent compositions for sev-
eral reaction times at temperatures of 610, 615, 620, and
625 K.

Dissolution of reaction residues in deionized H20, for 31P
NMR analyses, presented more of a problem than in earlier
work. With the NMR instrument employed, ca. 10 cm3 of
solution represented a practical upper limit where quanti-
tative accuracy could be expected. At longer reaction times
more PO43- ions were formed, and presumably the low sol-
ubility of Li.304 (0.03 g/100 g of solution at 25°)7 compli-
cated the dissolution problem. As a result, the initial mass-
es of reagents chosen constituted the maximum quantities
which could be dissolved after reasonable reaction times.
Dissolution could only be effected by slight acidification of
the solution. Each residue sample was dissolved at room
temperature with agitation in 10 cm3 of deionized H2O
acidified with 3 drops of concentrated HC1. The resulting
solutions had pH ~3. The question arose as to whether or
not hydrolytic scission of P274- to PO43- in these acid so-
lutions would invalidate the analyses. To answer this a
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blank solution of 0.1000 g of NadP2C¥ and 1.4247 g of
LiNC=3in 10 cm3of H20 acidified with 3 drops of concen-
trated HC1 was prepared and allowed to stand at room
temperature for over 1 month. 3IP NMR spectra were ob-
tained for this blank at 0, 6, 11, 19, 26, and 34 days. Peaks
were found only for PO43- and P2074- (except no PO43- on
day zero). A plot of the natural logarithm of fraction of
P2074- remaining vs. time was reasonably linear and indi-
cated a first-order hydrolysis half-life of ca. 194 days, or 6
months. It appeared, therefore, that data obtained from
NMR spectra of solutions prepared no earlier than 3-7 h
before should be free of any significant errors due to hy-
drolysis of P2074-.

Since NMR peaks arose only for PO43- and P2074-, it
was hot necessary to include a capillary of 85% H3PO4 for a
standard, as was required in the earlier work.1 Total inte-
grated peak area of a spectrum represented total (constant)
atomic phosphorus content, and the mole fraction of total
phosphate as unreacted P2074-, X pp, was calculated for
each sample as

X 0.5(area P2 74~ peak)

p (area PO&- peak) + 0.5(area P2D74- peak)

Limitations of the Method. As mentioned before, the
quantities of NadP2>¥ and the appropriate nitrate solvent
were the optimum amounts necessary for adequate quanti-
tative determinations of phosphate contents by the NMR
method, while maintaining sufficient excess of nitrate rela-
tive to phosphate.

Conditions in the present work which caused the most
rapid rates for reaction 2 were higher temperatures and
greater Li+ concentrations. At temperatures in excess of
625 K the reaction using higher Li+ concentrations pro-
ceeded so rapidly that reliable data could not oe obtained
by the present method. This was presumably due to the
times required for manipulations becoming more signifi-
cant relative to actual reaction time (e.g., times for dissolu-
tion of NadP2¥ in the nitrate and for reaction quenching).
At temperatures less than ca. 610 K either the Na42ZY
would not dissolve completely in the molten nitrate, or par-
tial crystallization would occur shortly after onset of reac-
tion. Thus, 610 K represented the practical lower limit of
temperature.

At Li+ solvent fraction less than x'u ~ 0.7 (Xy ~ 0.65)
and the lower temperatures, the reaction proceeded quite
slowly and scatter of data became too great, possibly be-
cause of cumulative errors introduced by such factors as
the difficulty or prolonged accurate temperature control.

Thus, combined factors of temperature and Li+ content
caused unsatisfactory reaction conditions to exist above
625 K for higher Li+ concentrations, and below 610 K for
all Li+ concentrations. The probable errors of the rate con-
stant data summarized in Table Il tend to reflect these
trends. Also shown in Table Il are the half-lives spanned in
collecting data for the various reaction conditions. These
half-lives range from 3.1 for the fastest reaction at 625 K
and X 1. = 0.9323 to 1.0 for the slowest reaction at 610 K
and XT; = 0.6520. This trend illustrates the aforemen-
tioned difficulties encountered in following slower reac-
tions ever prolonged periods of time, since after sufficiently
long times data scatter became too great.

Results and Discussion

First-order kinetics was observed for reaction 2 with re-
spect to P2074- in excess molten nitrate. Plots of In X p
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TABLE II: Summary of First-Order Rate Constants
at Various Temperatures and Li+ Concentrations

Effective
cation mol No. of No. of half-
fraction data lives spanned Rate constant,
Li+, XLi points in reaction ft, min'l, x 10
610 K
0.9323 6 25 14.2 + 0.4
0.8377 6 1.5 591 +0.11
0.7431 1 1.6 5.20 £ 0.08°
0.6530 n 1.0 3.31 £ 0.19
615 K
0.9323 n 28 16.3 £ 0.3
0.8377 6 1.9 7.23 ¢ 0.26
0.7431 H 1.8 6.05 + 0.09
0.6530 i 1.3 4.30 + 0.20
620 K
0.9323 6 29 22.6 +0.3
0.8377 6 25 9.64 + 0.13
0.7431 6 20 7.53 + 0.16
0.6530 6 1.6 6.15 + 0.25
625 K
0.9323 10 3.1 30.2 £ 0.7
0.8377 6 25 125+ 0.4
0.7431 6 2.4 9.31 +0.17
0.6530 6 20 7.77 £0.20

° See comment in text.

(calculated by eq 3) vs. time, t, were linear and yielded the
rate constants, ftl( tabulated in Table II, in which the er-
rors are least-squares probable errors. Since a definite
point in each such plot was In Xp = 0 att = 0, it seemed
appropriate to perform least-squares analyses of the data
while forcing each line through the origin.89Application of
the statistical F test,9using 5% critical values for F, subse-
quently confirmed that in no case except one was there suf-
ficient evidence to warrant the assertion that an intercept
differed from the origin more than could be accounted for
by experimental errors. The single exception was the run
using X 1i = 0.7431 at 610 K, as annotated in Table Il. This
single case cannot be explained other than by commenting
that the difference in F values was not large.

Arrhenius plots of Ink\ vs. 11T for each concentration of
Li+ gave reasonably straight lines which yielded the least-
squares intercepts, slopes, preexponential factors, A, and
activation energies, E a, tabulated in Table 111, in which the
errors are least-squares probable errors. Analyses for the
XLi = 0.7431 series were performed both with and without
the point for 610 K, as noted in the table. Admittedly one
cannot attach too much significance to activation energy
and preexponential factors calculated from an Arrhenius
plot of only four points over a small temperature range, ex-
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Cation Mole Fraction of Lithium, XU

Figure 1. Plots of first-order rate constants, /q, vs. effective cation
mole fraction of Li+, XL, at 610, 615, 620, and 625 K for the degra-
dation of P20 74~ in excess molten alkali nitrates.

cept to remark on the typical orders of magnitude expect-
ed.

The major point of interest in the present work is the de-
pendence of k\ on Li+ content, as exemplified by the plots
of k\ vs. X u shown in Figure 1 for the four temperatures.
The plots are obviously nonlinear, and each indicates a
rapid rise in reaction rate with increasing Xu above ca
0.75. No inflection is apparent in the highest isotherm at
625 K, but an inflection begins to be manifested at Xu ~
0.75 for the 620 K curve, and becomes more and more pro-
nounced at the lower temperatures, yielding an apparently
horizontal plateau in the vicinity of Xu = 0.75. In these
lower temperature curves there is also the appearance of
fairly rapid falloff of reaction rate at values of X u less than
ca 0.7.

At Xu = 0.75, on the average three of every four cations
in the vicinity of a P2074- ion are Li+ type. Thus, an aver-
age PZ>74~ anion, before decomposition, might be con-
ceived of as being coordinated in some way with three Li+
ions and one Na+ ion. The Li+ ions, with their high ionic
potential, could conceivably weaken the P-O-P bridge via
strong electron-withdrawing effects, leading to easier rup-
ture of P2074- by NO3* and subsequent production of
P043-. For Xu > 0.75, the average Li+ coordination by a
P i o n would be between 3 and 4, and a significant
fraction of P2074’ ions might be expected to be coordinat-
ed with four Li+ ions, leading to further intensification of
the bridge weakening and more rapid reaction, as seen in
Figure 1. At 0.5 < X u < 0.75, the average P2074- would ex-
perience between two and three Li+ ions, the average
bridge weakening would not be as great, and reaction rate

TABLE I1l: Summary of Least-Squares Intercepts and Slopes of Arrhenius Plots of In ft, (ft, in min 1) vs. 1/T,

Preexponential Factors, and Activation Energies

Effective cation Activation
mol fraction Preexponential energy, Ea,
Li+, x u Intercept —Slope x 104 factor A, min-1 kcalmol-1
0.9323 30.371 £ 3.097 1.975 ¢ 0.191 1.55 x 1013 39 +4
0.8377 28.704 + 1.308 1.925 + 0.081 2.92 x 102 382+ 16
0.7431° 21.587 + 1.193 1.498 + 0.074 2.37 X 109 298 15
: [24.135 + 0.113 1.657 + 0.007 3.03 X 1010 32910 0.1
0.6530 33.062 + 1.597 2.225 + 0.099 2.28 x 10'4 442 + 20

° Values in brackets are calculated for X Lj = 0.7431 neglecting point at 610 K; values not in brackets are calculated for

X1i = 0.7431 using all points.
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would be expected to be slower. These effects could provide
an interpretation of the apparent inflections at Xu = 0.75
in the k\ vs. x I; curves for lower temperatures. At higher
temperatures, although the rapid increase in k\ with in-
creasing Xu is just as pronounced, presumably the en-
hanced thermal effect tends to “wash out” the appearance
of an inflection plateau. The quite rapid increase in k\ with
increasing X Li above 0.75 (kx approximately tripling in
value from x u ~ 0.75 to ~ 0.93) would seem to indicate an
extremely fast reaction at x u = 1.0, where each P2074-
would be coordinated with four Li+ ions (i.e., correspond-
ing to pure LizP207 in excess pure LiNO.3). This latter reac-
tion would be an interesting one to perform; however, this
is not possible in view of the apparent lack of availability of
Li«P20r from chemical suppliers, and the lack of any effec-
tive preparation for this salt in the literature. The ionic po-
tential of Li+ is 1.47, and that of Na+ is 1.03. If the hypoth-
esis of the higher ionic potential of Li+ causing weakening
of the P-O-P bridge and subsequent reaction has merit,
then cations of still higher ionic potentials should similarly
catalyze degradation of P2074- by NOs-. The alkaline
earth cations are of this type (Be2+ = 5.71, Mg2+ = 3.03,
Caz+ = 2.02, Sr2+ = 1.79). A brief test experiment in which
NasP2G7 was placed in molten Ca{Nos)2 (mp = 561°) did
indeed show an extremely rapid degradation of the pyro-
phosphate.

From the appearances of the lower temperature plots in
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Figure 1, and on the basis of the foregoing discussion, one
might anticipate the appearance of a second inflection at
x u ~ 0.5. Unfortunately, for reasons explained earlier, the
slower reactions at these low Li+ concentrations (especially
at the lower temperatures) could not be investigated ade-
quately by the present method.
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Nickel(ll) Chelation Kinetics Involving Dialkylmalonate Ligands
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Kinetic data for the aquonickel(ll) ion reacting with the unprotonated and monoprotonated species of the
dimethyl- and di-rc-butylmalonic acids have been obtained at 25°C and ionic strength 0.10 m by the tem-
perature-jump method. The results concerning the dimethyl derivative are similar to Those previously
found for some monosubstituted malonic acids, except that the chelate-ring opening rate is enhanced as a
consequence of the increase of the steric hindrance of the two methyl groups. Ring opening however is fast-
er with dimethylmalonate ion than with the di-n-butyl derivative despite the bulkier groups present in the
latter ligand. This finding is explained on the basis of the greater basicity of the di-n-butylmalonate ion,
which outweighs the accelerating substituent steric effect. Moreover kinetic data for the reaction involving
the monoprotonated species of di-n-butylmalonie acid indicate that deprotonation of the intermediate mo-
nodentate complex (Hz o )sNi(o 2C-CR2-Co 2 H)+ (R = Bun) is a slow process.

Earlier investigations:'2 on the kinetics of the complexa-
tion reactions of the nickel(ll) ion with some monosubsti-
tuted malonic acids in agueous solution have shown that
the chelate-ring closure rate is 12-16 times larger than the
dissociation rate of the monodentate complex (Hz20)s-
Ni(02C-CHR-C02) (R = Me, Et, Bun PhCH2), and does
not contribute, therefore, significantly to the limiting rate
in the overall chelate-formation process (“normal substitu-
tion’).1' 3 Moreover it has been observed that there is some
dependence of the chelate-ring opening rate on the chain
length and the size of the substituent group and that the

seven-membered ring formed by the phthalate anion: is
easier to open than the six-membered rings formed by the
monosubstituted malonate anions.

In the present work we have studied, by the tempera-
ture-jump method, the kinetics of reaction of the nickel(ll)
ion with dimethyl- and di-n-butylmalonic acids in aqueous
acidic solution at 25°C and / = o.10 M in order to obtain
information about the steric influence of two alkyl groups
present in the molecule of malonic acid upon the opening
and closure rate of the chelate ring, and tc ascertain conse-
quently the existence of a kinetic chelate effects's (“steri-

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976



240 G. Calvaruso, F. P. Cavasino, and E. Di Dio

TABLE I: Experimental Conditions and Relaxation Times for the Reaction of Nickel(ll) lon with
Dimethyl- and Di-n-butylmalonic Acids (t = 25°C;/ = 0.10 m)

104[Ni]T,am 104[ligand]j,6 m 104[H+], M Hinc 1044 ™ Tosh 10 TeAd, sec
Dimethylmalonic Acid
50.0 40.0 0.0341 d 169 4.6 4.6
60.0 40.0 0.0528 d 176 45 4.2
60.0 40.0 0.0781 d 173 45 4.1
40.0 30.0 0.152 e 149 4.1 42
50.0 40.0 0.228 e 152 3.6 3.6
60.0 60.0 0.271 e 157 31 3.3
70.0 60.0 0.325 e 159 33 31
60.0 40.0 0.356 e 148 35 3.2
70.0 65.4 0.400 e 153 2.7 2.9
70.0 60.0 0.476 e 147 2.7 28
60.0 50.0 0.528 e 138 3.0 2.9
70.0 70.0 0.606 e 140 2.7 2.7
70.0 70.0 0.712 e 135 26 25
70.0 81.8 0.799 e 133 2.5 2.4
80.0 70.0 0.896 e 132 25 2.3
90.0 90.0 1.07 f 130 2.3 2.1
90.0 80.0 1.18 e 127 2.4 21
90.0 115 1.24 f 127 1.8 20
100 100 1.44 f 126 20 1.9
100 100 1.59 f 124 1.9 1.8
110 90.0 1.75 f 123 1.7 1.7
100 131 1.87 f 122 1.6 17
120 100 2.05 f 122 1.6 1.6
120 100 2.10 f 121 1.4 1.6
120 110 2.15 f 121 15 1.6
120 110 2.30 f 120 15 1.5
120 132 241 f 120 1.6 1.5
120 164 2.47 f 120 1.7 1.5
140 130 2.53 f 121 1.6 1.5
140 130 2.65 f 120 1.4 1.4
140 140 2.83 f 120 1.4 1.4
150 150 3.07 f 119 14 1.4
150 150 3.18 f 119 1.3 1.3
160 160 3.33 f 119 1.4 1.3
150 150 3.41 f 118 1.2 1.3
180 180 3.57 f 119 13 1.3
Di-n-butylmalonic Acid
30.0 15.0 0.0400 d 62.2 12.5 12
40.0 34.8 0.0585 d 75.7 11.5 9.9
40.0 18.0 0.0808 d 62.6 11.5 12
40.0 315 0.0994 d 67.4 10.5 10
50.0 43.3 0.130 e 66.8 9.4 10
50.0 43.0 0.253 e 54.4 10.5 11
50.0 36.9 0.341 e 50.1 9.8 10
50.0 40.1 0.460 e 48.2 10.5 9.8
50.0 44.1 0.481 e 48.1 88 9.7
60.0 43.4 0.559 e 47.8 8.3 9.2
60.0 32.7 0.649 e 46.7 9.5 8.9
60.0 375 0.712 e 46.5 8.7 8.6
80.0 41.4 0.808 e 46.8 8.3 81
80.0 385 0.907 e 46.3 6.8 7.7
90.0 44.3 0.983 e 46.4 8.9 7.5
90.0 41.1 1.15 e 45.9 7.1 7.0
90.0 46.8 1.15 f 46.0 6.9 7.0
90.0 42.9 1.27 e 45.7 7.2 6.8
100 44.9 1.28 e 45.8 6.8 6.7
100 44.6 1.36 e 45.7 7.8 6.6
100 44.8 1.37 f 45.7 6.3 6.5
100 45.9 1.42 e 457 6.0 6.4
100 46.4 1.45 e 45.6 7.0 6.4
100 49.5 1.52 f 45.5 6.6 6.3
100 45.4 1.54 e 45.5 55 6.2
100 47.2 1.59 e 45.5 7.5 6.2
100 515 1.69 f 45.4 55 6.0
100 50.0 1.79 f 45.3 59 5.9
100 48.4 1.87 f 45.2 53 5.8
110 52.1 2.03 f 45.2 5.6 5.6
110 47.5 220 f 45.1 4.9 54
110 50.2 2.23 f 45.1 54 54
110 50.9 241 f 45.1 5.7 5.2
110 46.8 2.53 f 45.0 5.4 51

a Total molar concentration of nickel (I11) perchlorate, b Total molar concentration of dicarboxylic acid. ¢ Indicator.
d Chlorophenol red. e Bromocresol green./ Bromochlorophenol blue.
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cally controlled substitution™). In addition, for the homolo-
gous series of the malonic acids so far considered, the di-n-
butylmalonate anion is the strongest basic ligand (p/C2H =
7.21: see Table Il) and its basicity is about two orders of
magnitude higher than those of the other substituted malo-
nate anions. This work allowed us therefore to study also
the effect of the ligand basicity on the kinetics of formation
and dissociation of these nickel(Il) monochelate complexes.

Experimental Section

Commercial (Fluka) dimethylmalonic acid and di-n-
butylmalonic acid, obtained by basic hydrolysisl of the di-
ethyl ester (Fluka), were purified by recrystallization and
the melting points were found to be in good agreement with
those reported6 in literature. Nickel perchlorate, sodium
perchlorate, and the indicators (chlorophenol red, bromo-
cresol green, and bromochlorophenol blue) were the same
compounds previously utilized.124

The present study was made at 25°C and ionic strength
0.10 M (supporting electrolyte NaCl04). For dimethyl-
malonic acid the solutions for kinetic measurements were
prepared by using stock solutions of the pertinent sub-
stances as described before.124 For di-rc-butylmalonic acid,
on the contrary, owing to its low solubility, a different pro-
cedure was followed. A weighed quantity of acid ligand,
distilled water, and a given volume of dilute NaOH were
mixed into a 100-ml volumetric flask and the mixture was
shaken by an automatic shaker until the ligand dissolved
(the quantity of added NaOH was such that the pH of the
final solution was approximately the desired value). After
addition of the appropriate small amounts of stock solu-
tions of Ni(C104)2, NaC104, and indicator, the solution was
then diluted to the mark with distilled water.

The other experimental details and the apparatus em-
ployed have been described elsewhere.l In the case of di-
methylmalonic acid the temperature-jump experiments
were carried out using a 30-kV discharge (temperature rise
= 3.7°C), whereas for di-n-butylmalonic acid a 36-kV dis-
charge (temperature rise = 5.4°C) was used in order to in-
crease the amplitude of the relaxation effect. However, Ki-
netic measurements at acidities higher than those reported
in Table | were precluded by the diminution of the relaxa-
tion effect magnitude with increasing acidity. It should be
pointed out that for di-rc-butylmalonic acid preliminary
measurements? performed using a 30-kV discharge seemed
to indicate, owing to the large uncertainty in the estimated
relaxation times, a kinetic behavior different from that fi-
nally observed in the present work.

Each solution examined exhibited a single relaxation ef-
fect associated with the complexation reaction. The ob-
served relaxation times are affected by a maximum uncer-
tainty of ca. + 10%.

Results and Discussion

The experimental conditions used and the observed re-
laxation times, rQxdb are assembled in Table |, whereas the
equilibrium constants relevant tc this study are given in
Table 11, where HIn indicates the indicator.

The kinetic data are found to conform to the reaction
scheme previously proposedl248 for other dicarboxylic
acids, in which only the dianionic and monoanionic ligand
species react with the nickel(ll) ion at a significant rate
over the acidity range covered. In this reaction scheme (re-
actions 1-4) (HA)6Ni, 0 2Z2-CR2C02 and (HD)eNi, 0 A=
CR2CO2H+ represent outer-sphere complexes, (H2)s-

241
TABLE I1: Equilibrium Constants3 Used in This Work
(f = 25°C;/ = 0.10 ™)

Logke PHAH  pA2n ki

Dimethylmalonic acid0,c 1.95 3.01 5.68
Di-n-butylmalonic acid3 235 201 721
Chlorophenol red® 5.96
Bromocresol greend 4.70
Bromochlorophenol blue3® 4.00

“Kc = [(H20)4Ni(02C)2CR2]/[Ni(H 20)61+][0 2C-CR2-
co = [H02C CR2CO02-][H +]/[H02CCR2CO3H];
K2H = [02C-CR2C022_][H+]/[HO2C-CR2-002-] (R = Me
or Bun); &) = [In ]J[H+]/[HIn], b G. Ostacoli, E Campi,

A. Vanni, and E Roletto, Atti Accad. Sci. Torino, 100,

723 (1966); G. Ostacoli, A. Vanni, and E. Roletto, Rie. Sci.,
38, 318 (1968). ¢ G. Ostacoli, A. Vanni, and E. Roletto,
Gazz. Chim. /fa/., 100, 350 (1970). d References 1, 2, and
4.

Ni(02-CR2C02) and (HA)MNi(02C.CR2C0O2H)+ mono-
dentate complexes (R = Me or Bun); reaction 3 is consid-
ered a proton-transfer process with the solvent probably
acting as the proton acceptor.

very

fast

0.CCR CO~ ~ (H®)BNi, OCCR-CCh ko
Ni(HD)&+ + e (=)
HOC-CR-CO, ~  (HXbgNi. 0,CCR-COH+ ,.
(Ib)

(H,0)8\i, O.C-CR-CO, H,0 + (HO)-Ni:0,C-CR. CD)
Ki= (29)

y.:

(H.0)iNi, OC-CR-CO,H+ — HO + (HO)3Ni(0,CCR,CO.Hi+

K= (@)

(HO)NI(OCCR. COHy  H+ + (H,0),Ni(O.C-CR-CO.)
*

A»=kHk_[ @)

oC
*, / "\
(HO)-Ni<O.CCRi-CO) ~ HO + (HO>AN. R

' * _~

K,=h/n. (@

Under the experimental conditions of the present inves-
tigation, the previously derivedl equation for the relaxation
time r valid for the above reaction scheme is given by ex-
pression 5, where A is a quantity depending on the equilib-

VTA = (@ + NH+D)/(I + c[H+]) ()
a= kkK,/(k-, + k) ©®)

b = ktkHk. Kr/K + E> + KA @
c=kik_, /(A /1 + kK)E, + k) ®

rium concentrations of the predominant species present in
solution and a, b, and c are related to the rate constants by
the relationships 6- 8. Note that the constant a represents
the usually observed overall second-order rate constant for
the reactions between the nickel(ll) ion and bidentate li-
gands. The A values, calculated by the expression given
elsewhere,lare also reported in Table 1.
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TABLE I1I: Kinetic Data for Formation and Dissociation of
Nickel(Il) Monochelate Complexes with Dimethyl- and
Di-n-butylmalonic Acids (f = 25°C;/ = 0.10 m)

Dimethyl- Di-n-butyl-
malonic malonic

acid acid
10"5a, M~' sec'l 1.2 1.2
109, M'2sec'l 31 27
HT3¢ m - 2.4 3.4
Kik , 10 55
K71(k., +k2) 0.93 0.85
10'5k . ko,m - 13 14

sec'l \

10'3k,'kHK Ol . )

(k.,” + kH),Ai'lsec’ "
10'3k,'k 0',a M~ sec'l 7.0« 0.20
10'3kHK t'ko b Af'l

sec'l
10"3k 2 sec"l 15 35
10'2k.3k 2 sec"l ' 15 6.3
10~7k v’ feH/k 2( k

+ foH), M~ sec-l
10'7fe. /[KXHam -+ 3.7« 1.4*

sec1
10-7Tk_HIK2)> M~"
sec'

a > fe,' seetext. ¥ /zZH < fe, ', see text.

The observed curved trend of the plot of 1/tA against
the hydrogen-ion cor.centration for each ligand examined
(cf. Figure 1) is that predicted from eq 5 and permits the
estimate of the three constants a, b, and c (see Table III).
The values of these constants have been obtained by ana-
lyzing the experimental data by use of a properly adapted
non-linear least-squares program (OR GLS) on an IBM
370/145 computer. It should be pointed out that the proce-
dure previouslyl,24 followed for the evaluation of the con-
stants a, b, and c leads to the same results. The uncertainty
in the a values is ca. + 10%, whereas that in b and ¢ is ca
+15%.

The relaxation times Tealg, calculated by using eq 5 and
the given a, b, and c values are in good agreement with
those observed r,bsd (cf. Table I). In addition, using the es-
timated c values, the plots of (1 + c[H+])/rA against [H+]
(see Figure 1) show linear features over the whole acidity
range covered (the correlation coefficients are 0.992 and
0.981 for dimethyl- and di-n-butylmalonic acids, respec-
tively), yielding the same a and b values reported in accor-
dance with expression 5. These results provide support to
the reliability of the estimated values of the constants a, b,
and c, and to the validity of the proposed reaction mecha-
nism for the two ligands examined under the experimental
acidity conditions of the present work.

The kinetic quantities obtainable by the appropriate
combinationl24 of eq 6-8 are also given in Table llII,
whereas some kinetic data for the homologous series of the
malonic acids so far studied are reported in Table V.

From a comparison of the &/&-i values it is apparent
that the contribution of the chelate-ring closure rate to the
limiting rate in the overall chelate-formation process is
more significant for di-n-butylmalonic acid than for the di-
methyl derivative. However, the similarity of the values of
k\Ko and a [the steric factors £2(&-i + ~2 are close to
unity; cf. Table I11] allows us to conclude that the reactions
of the nickel(1l) ion with the two dianions examined can be
considered to occur mainly by a normal substitution mech-
anism.
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Figure 1. Plots of mrA (0) and (1 £ c[H+])/rA (=) against [H+] for
dimethylmalonic acid (A, n = 0) and di-n-butylmalonic acid (B, n =
3); (O0) common points.

The identical k\K$ values of the present work (Table I11)
indicate that the different basicity and steric hindrance of
the two disubstituted malonate anions have no effect on
the kinetics of formation of the monodentate complexes
(H20)sNi(02C-CR2C02) (reactions la and 23) and thus
provide support to the occurrence of a dissociative mecha-
nism, as suggested also previouslyl'2 for the other malonic
acids studied. It is noted that the k\ Ko values for both di-
substituted malonic acids are somewhat greater than those
for monosubstituted derivatives (cf. Table 1V). These dif-
ferent values should be ascribed to differences in the outer-
sphere association constants.

According to Hoffmann’s findings1'9 concerning the dis-
sociation rate of a series of nickel(Il) mono complexes with
carboxylic acids, the rate constant k -t is expected to de-
crease to some extent with increasing the basicity of the
coordinated carboxylate group. Therefore, since the rate
constants & i must be larger for monosubstituted malonate
anions and the dimethyl derivative (pK2H = 5.40-5.68; cf.
Table 1V) than for the di-n-butylmalonate ion (pK2H =
7.21), the lower &2/&-1 value found for the latter ligand (cf.
Table 1V) suggests that in this case the chelate-ring closure
rate (/z2) is decreased, in comparison to the related di-
anions, by a factor not less than 2-3. The deduced diffi-
culty of closing the chelate ring for the di-n-butylmalonate
ion may be reasonably ascribed to the two bulkier butyl
substituents which hinder the attack of the second carbox-
ylate group on the nickel.

The ring opening rate constant k-2 for the dimethyl-
malonate ligand is significantly larger than those for mono-
substituted malonate ions having similar basicity (cf. Table
IV). Hence these kinetic data substantiate our previous
suggestionl’2that an increase in the steric hindrance of the
substituted malonic acids so far considered speeds the
opening of the six-membered ring. A fourfold decrease in
the k_2value however is observed in passing from dimeth-
ylmalonate to the di-n-butyl derivative despite the bulkier
groups present in the latter ligand. Bearing in mind that
the basicity of the two dianions differs by a factor of about
2 orders of magnitude (cf. Table 1V), there is no doubt that
the lower reaction rate observed for the di-n-butylmalon-



Nickel(ll) Chelation Kinetics

243

TABLE 1V: Some Kinetic Data for Formation and Dissociation of Nickel(Il) Monochelates with Substituted Malonic Acids

(t =25°C;/ =0.10M)

10-3fgj 'feHK 07
(fe.) +kH) M~' secd

10-3k,’k0’d M-' secl 10-4k,Ko, 10'3™
Acid Kjk., 10-3iHK1,KO,e M-1 sec M~ sec-l sec-l
Methylmalonic* 13 51 7.3 2.2 5.40
Ethylmalonic* 12 4.9d 7.6 2.7 5.46
n-Butylmalonic* 16 4.0d 7.5 3.9 5.50
Benzylmalonic* 14 4.5<* 9.4 34 5.42
Dimethylmalonicc 10 1.0d 13 15 5.68
Di-n-butylmalonicc 55 0.20e 14 35 7.21

aReference 1. b Reference 2. ¢ This work. d kyf > fe,’, see text. e ky{ < k_t\ see text.

ate ion is due to its stronger base strength. Therefore it is
evident that in this case the basicity plays the main role in
determining the ring opening rate, the accelerating substit-
uent steric effect being outweighed by the depressing effect
of the ligand basicity.

As to the reaction of the aquonickel ion with the mo-
noanionic ligand species, Table IV shows the values of the
quantity ki'k\\K() Z/(k-y + kn) for all the malonic acids so
far studied. Two limiting cases'24 are expected to be ob-
served, depending upon the relative magnitude of the rate
constants k-\ and kn- First, if fen < k-i', the quantity
ki'knKo'Kk-i + ka) reduces to UhK /K o and the proton
transfer process (3) is the rate-determining step. Second, if
fen > k-i, it follows that ki'knKO'I(k-\ + kyi) = k\Kd
and the slow step is the formation of the acid monodentate
complex (HZ))sNi(02C-CR2CO2H)+ (reaction 2b). It has
been shown beforel2 that the second case applies to the
monosubstituted malonic acids. Considerations analogous
to those made previouslyl24 lead to the same conclusion
for the dimethyl derivative of the present work (i.e., fen >
k-i). Support for this is also given by the close values of
ki'K q for these ligands (cf. Table 1V) and, consequently, a
dissociative mechanism is operative. In the case of di-n-
butylmalonic acid, on the contrary, the calculated value for
K\K\\Koi(k-i + ktf) is anomalously low relative to those
for other ligands and differs from the corresponding kiKo
value by a factor of 700. Large differences in the rates of re-
actions involving both unprotonated and monoprotonated
ligand species have been foundl2410when proton release is
a relatively slow process. As a result, for the aquonickel ion
reacting with the monoanionic form of di-rc-butylmalonic
acid the situation is ku < k~\ \k\kaKdIl(k~\ + &nh) =
ky\K\Kd\ cf. Tables 1l and IV] and the rate-determining
step is the proton transfer process (3).

Bearing in mind that the kik 0 values are identical for
the two ligands used in this work (cf. Table III), it is rea-
sonable to think that the rate constant k\ K 0' for dimethyl-
malonic acid is similar to that for the di-n-butyl derivative.
This conclusion can also be inferred by taking into account
the similarity of both the k\K(, and k x K d values for the re-

lated monosubstituted ligands (cf. Table 1) and by con-
sidering that the formation of nickel(ll) monocomplexes
with unidentate ligands is generally accepted to occurl<4 by
a dissociative mechanism. Therefore, if the k\'k0' value of
7.0 X 103M-1 sec-1 is used for the di-rc-butyl derivative, it
is possible to estimate from the expression ki'knKo'/ (.k-i
+ ¢h) = 0.20 X 103M _1 sec-1 that & iV&h = 34. That is,
the dissociation rate of the protonated mcnodentate com-
plex (H20)5Ni(O2Z2'CR2CO02H)+ (R = Bun) is 34 times
larger than the rate of deprotonation of this intermediate.
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An experimental technique has been developed to measure photoluminescence excitation spectra and
emission lifetime in inert low temperature matrices. Competition between molecular predissociation and
vibrational relaxation in a low temperature matrix has been studied by phase-sensitive detection of photo-
luminescence (fluorescence or phosphorescence) from the first excited electronic states (n, ir*) of eyclopen-
tanone (CP), cyclobutanone (CB), and perfluorocyclobutanone (PFCB). Strong phosphorescence emission
is observed from CP and PFCB, indicating efficient vibrational relaxation and Si~v_*T: intersystem cross-
ing. No phosphorescence emission is observed from CB, and relatively weak fluorescence emission is ob-
served only when CB is excited to low vibrational levels of the 1(n, tr+) state. These observations imply that
molecular predissociation in the matrix is very rapid from the high vibrational levels of CB(Si) and that
CB(Ti) is relatively unstable in contrast to PFCB(Tj) with a 2.1-msec lifetime and CPiT” with a 1.2-msec

lifetime.

Introduction

A mechanism of photochemical transformation of cyclo-
butanone in the gas phase has been elucidated in some de-
tail.2 The unusual aspect of its photochemistry stems from
the fact that the first excited singlet state, '(n, ir*), predis-
sociates at excitation wavelengths shorter than 318 nm
which correspond to ~4 kcal/mol above the 0-0 band of the
Si *- So transition. Below this level S!-~'~*T1 intersystem
crossing predominates over all other intramolecular relaxa-
tion processes, as in most of other ketones, aliphatic and
cyclic. Above this level, unlike in other ketones, the predis-
sociation which leads to the Si So internal conversion
process and molecular fragmentation processes predomi-
nates over the Si-v—Ti process. This mechanistic informa-
tion was obtained from the pressure dependence and the
excitation energy dependence of photoproducts.2ad Fur-
thermore, it has been well demonstrated through fluores-
cence excitation studies that the vibrational relaxation by
collisional processes under atmospheric pressures of bath
molecules of moderate complexity such as C.iH8cannot re-
store a complete fluorescence stabilization”™ and also that
the predissociation cannot be arrested even in cyclohexane
solution at room temperature.2b This extreme instability of
the I(n, ir*) state of cyclobutanone has been attributed to
ring strain of the four-membered ring.2b! Of course, the
reason for this rapid predissociation lies in that the upper
vibronic levels in the Si state may be strongly coupled to
the dissociative continuum of the So state. If vibrational re-
laxation in the low temperature matrix is very efficient as
one usually supposes then a complete fluorescence stabili-
zation indicated by enhanced fluorescence emission effi-
ciency from the high vibronic levels of the Si state should
be observed. If the vibrationally hot Ti state was easily re-
laxed and the relaxed Ti state was relatively stable, then
one should also observe a characteristic phosphorescence
emission which has not yet been observed in gas or solution
phase studies.

Recent photochemical studies of perfluorocyclobutanone
in the gas phase indicate that the first excited singlet state,
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'(n, #*), does not predissociate as rapidly as cyclobuta-
none;la moderate degree of fluorescence stabilization has
been observed. Therefore, it appears that ring strain in the
I(n, it*) state of perfluorocyclobutanone either has a rela-
tively unimportant role in the predissociation mechanism
or is not as great as in cyclobutanone. In order to examine
the effectiveness of the low temperature matrix for vibra-
tional relaxation and thus for arresting extremely rapid
molecular predissociation, we have measured photolumi-
nescence excitation spectra of cyclobutanone (CB), perflu-
orocyclobutanone (PFCB), and cyclopentanone (CP) in a
solid N> matrix at 20 K using a phase-sensitive detector
which can also provide lifetime data on the transcient
species under observation. The general applicability of
photoluminescence excitation spectroscopy in a matrix as
well as the specific results obtained with the above men-
tioned three ketones shall be presented below.

Experimental Section

Samples of cyclobutanone, cyclopentanone, and perfluo-
rocyclobutanone used in the present experiments were sat-
isfactory in terms of chemical purity. The ketones were
premixed with research grade nitrogen (Matheson Gas Co.)
in the molar ratio range of 1:50 to 1:800, using a grease-free
and mercury-free vacuum line. The gas mixture was al-
loned to flow through a capillary inlet tube into the vacu-
um chamber of the cryostat with four side windows, and it
was spray deposited on the cold, rotatable sapphire window
(20 K) as a transparent solid film. The deposition rate was
~1 mmol hr-1 for a period of 3~4 hr. Faster deposition
rates often resulted in an unsatisfactory film with a high
light scattering property. The target temperature was con-
trolled with a closed-cycle cryogenic cooler (Cryogenic
Technology, Inc., Model 21 Cryocooler). Temperatures
were measured with a calibrated chromel vs. gold, 0.07
atom % iron thermocouple wire. The temperature could be
regulated at any time using a digital temperature indicator-
controller (CTI Model 237A).

The optical and electronic set up used for the study of
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Xe-lamp (ighf 0.75-m Monochromator

Chopper

Figure 1. Schematic diagram of the experimental setup.

photoluminescence excitation spec'ra is shown in Figure 1.
Light from a 150-W high-pressure xenon arc (Osram XBO/
1) is focused onto the entrance slit of 0.75-m grating mono-
chromator (Spex Industries Model 1702, { = 6.8, 1200
lines/mm, 5000-A blaze), and it is modulated by a variable
speed chopper (Princeton Applied Research Corp , Model
222). The chopping speed can be continuously varied from
5 to 4800 Hz, and the wavelength of the output radiation
can be continuously varied with the scanning monochroma-
tor. For experiments with cyclobutanone and cyclopenta-
none, an uv envelop filter (Corning CS-7-54) was inserted
to purify the light output from the monchromator, since
the grating was used in the second order. The exciting light
was focused onto the cold sample window mounted at ap-
proximately 30° from the incident beam.

The luminescent image was collected by a thermoelectri-
cally cooled photomultiplier tube (EMI 9558 QB, S-20 pho-
tocathode). The range of emission wavelengths observed
was varied by using the proper Corning glass filters placed
between the sample cell window and the photomultiplier
tube. The signal from the photomultiplier tube was passed
through a preamplifier (Princeton Applied Research, Type
C Preamp) and then fed into a lock-in amplifier (PAR,
Model HR-8) which provided a reference input signal for
driving the light chopper. The output voltage was recorded
on a strip chart recorder. When it was desireable to mea-
sure the lifetime (r) of the emitting species, the phase shift
angle «) was measured. The value of . was then calculated
from the observed value of g from the relationship, r = tan
0/27r/, where / is the modulation frequency.5 Of course, it
was possible to differentiate the longer-lived phosphores-
cence emission signal from the shorter-lived fluorescence
signal by varying the chopping frequency.

Results and Discussion

A. Perfluorocyclobutanone (PFCB). The electronic ab-
sorption spectrum (1-nm bandpass) and the luminescence
excitation spectrum (f = 500 Hz and 0.05-nm bandpass of
Ae¥) recorded with the matrix/reagent ratio, M/R = 100, at
20 K are shown in Figure 2. The low temperature matrix
absorption spectrum shows larger ratios of peak-to-valleys
than the room temperature gas absorption spectrum (see
Figure 1 of ref 4a), presumably due to the disappearance of
hot bands in the former. The energy interval of vibronic
bands at 396.5, 376.0, 357.5, and 340.7 nm can be calculated
as ~1380 cm-1 from Figure 1. It is most likely due to one
quantum of the C =0 stretch vibration in the '(n, ir*) state
of PFCB. It should also be noted that the firs*, peak at
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Figure 2. Absorption and photoluminescence excitation spectra
(corrected for variation in excitation intensity) taken with N2/PFCB =
100 at 20 K

396.5 nm in the matrix is ~150-cm 1 blue shifted from the
gas spectrum.B

The shape of the above luminescence excitation spec-
trum (viewing most of the blue green emission) is very sim-
ilar to the shape of the absorption spectrum as expected.
The relative emission quantum yields were evaluated at
5-nm interval between 325 and 405 nm from the observed
values of absorption coefficient, “excitation” intensity due
to emission, and intensity of the exciting light at each
wavelength. For the sample shown in Figure 2, it was found
to be constant within + 10% which is the precision of the
measurement. Therefore, we conclude that the observed
emission quantum yields are constant over the entire first
electronic absorption band. As will be shown below, the
emission is greatly dominated by phosphorescence and
therefore we can be certain that the vibrational relaxation
on the Si manifold is very complete before the relatively
slow Si~--T] intersystem crossing (the gas phase value of
kisc is~0.9 X 107sec-1)ABtakes place.

The lifetime of PFCB emission was determined by the
phase-sensitive detection method, and it was found to in-
crease from 0.072 msec at the modulation frequency (/) of
20 kHz to 2.0 msec at/ = 260 Hz. Below 250 Hz, the life-
time is essentially independent of the modulation frequen-
cy as shown in Figure 3. This shows that the PFCB emis-
sions originate from two excited states; at low values of /,
the observed phase shift is mainly due to the long-lived
component with T2~ 2.1 msec, but at high values of /, the
short-lived component becomes more apparent. We believe
the long-lived emission to be phosphorescence from the
triplet state of PFCB. Since it was not possible to modulate
at sufficiently high frequencies, the short-lived fluores-
cence lifetime (ti) which is expected to be ~ 0.1 asec on the
basis of the gas phase measurement43was not determined
in the present experiment. The emission intensity steadily
increased as the modulation frequency decreased, but the
photoluminescence excitation spectrum did not change its
profile. In the gas phase, the quantum yield of fluorescence
was found to be 0.02,6 and no phosphorescence emission
was observed5 however, from the low-lying vibrational
states, Si™"-Ti was found to be the chief relaxation chan-
nel available. Therefore, it is quite reasonable to think that
the phosphorescence in the low temperature matrix could
be at least an order of magnitude greater than the fluores-
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Figure 3. Variation of observed lifetime with modulation frequency.

cence, although it was not possible to determine the ratio of
phosphorescence to fluorescence in the present experiment.
The electronic relaxation behavior of PFCB(S!) in the
gas phase has been found to be very similar to that of hex-
afluoroacetone (HFA, Si) in the gas phase;437 the values of
kpare 1.9 X 105and 2.2 X 105sec-1, and the values of £isc
are 9 X 106and 12 X 10s sec-1, respectively. The phospho-
rescence lifetime (rPl of HFA(T,) in the gas phase has been
found to be 6.7 msec at -78°C and 3.4 msec at 25°C, show-
ing little temperature dependence below O°C;8 the phos-
phorescence quantum yield (4>p) at 25°C is 0.113, 6.1 times
greater than the fluorescence quantum vyield (4%) of
0.0185.8 Therefore, one can assign a value of fep = 4p/rp =a
33 sec-1 for HFA(Ti). The value of kp for acetone is 0.04/6
X 10-4 — 70 sec-1.9 Therefore, the rP for PFCB(T]) of 2.1
msec at 20 K is certainly reasonable in comparison; if we
adopt a value of kP N 33 sec-1, 4P can be estimated as 33
X 0.0021 « 0.07. In any case, if chemical decomposition
takes place on the triplet manifold at all in the low temper-
ature matrix, the rate is very slow, less than 5 X 102sec-1.

B. Cyclopentanone (CP). The photoluminescence exci-

tation spectrum for cyclopentanone was taken mainly for
calibration purposes in connection with the cyclobutanone
experiment. The N2/ICP ratio of 50 was used at 20 K. A
spectral bandpass of 0.03 nm was used for excitation, and
the emission between 400 and 520 nm was observed
through the combination of two filters, Corning 3-73 and
5-60. This set of filters eliminated the emission originating
from the “matrix” alone (between 330 and 400 nm) as well
as the near-uv part of the CP emission, and thus they elim-
inated the matrix excitation peaks around 314, 316, 326,
and 330 nm. The spectrum taken at the modulation fre-
quency of 100 Hz is shown in Figure 4 with no correction
for the variation in spectral sensitivity. Relative quantum
yields of emission between 310 and 260 nm are constant
within ~20%, the accuracy of measurements. The absorp-
tion peaks at 316, 305, 295, and 285 nm give an interval of
~1150 cm-1, corresponding to one quantum of the C=0
stretching vibration in the '(n, it*) excited state, which
compares well with 1173 cm-1 for the C=0 stretching vi-
bration in the *(n, ir*) state of HZCO.

The emission lifetime from CP was measured at Xex 305
nm with the phase shift technique as in the case of PFCB.
Again, the observed lifetime increased with the decreasing
value of the modulation frequency: 1.2 msec at { = 0.05,
0.08, or 0.10 kHz, 0.25 msec at 0.50 kHz, 0.17 msec at 1.0
kHz, and 0.03 msec at 2.0 kHz. Thus the lifetime of the
long-lived state (t> in the Nno matrix at 20 K is ~1.2 msec
due to phosphorescence. This value is in agreement with
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Figure 4. Photoluminescence excitation spectra (uncorrected for
variation in spectral sensitivity) taken with N2/CP = 50 and N2/CB =
50 at 20 K; CP with Corning 3-73 and 5-60 and CB with Corning
3-72 and 5-60. The hatched line indicates the cutoff wavelength of
fluorescence emission due to predissociation in the gas phase (ref
2c).

the phosphorescence lifetime of 1.1 msec observed in dilute
EPA glass at 77 K.1I0All of the above results are consistent
with a mechanism involving rapid vibrational relaxation (in
the matrix) of the Si state over the entire singlet absorp-
tion band as compared to the gas phase results,2 subse-
quent electronic relaxation by efficient Si *‘%Ti intersys-
tem crossing process, and production of a relatively unreac-
tive triplet state of cyclopentanone. Presumably, the fluo-
rescence decay time (rp) of CP in the N2matrix is similar
to the value found in the gas phase, ~2.4 nsec, which is de-
termined largely by the rate of the Si-"»-*T] process.1l Al-
though the absolute fluorescence emission quantum yield
was not measured here, the fluorescence yield is very weak
compared to the phosphorescence yield. The present result
is quite consistent with the efficient vibrational deactiva-
tion observed with the '(n, w*) state of cyclopentanone in
cyclohexane solution at room temperature.2l

C. Cyclobutanone (CB). Measurement of the photoexci-

tation spectrum of cyclobutanone in solid N2 or Ar was
complicated by its weak emission intensity and the appear-
ance of relatively intense matrix emission in the 320-nm re-
gion as described previously. The interference by this ma-
trix emission was circumvented by using a set of Corning
glass filters 3-73 with 5-60 as used for cyclopentanone or by
using a set of Corning 3-72 with 5-60 which limited the
emission detection region to 430~520 nm. The photolumi-
nescence excitation spectrum taken with a N2CB ratio of
50 at 20 K, a spectral bandpass of 0.03 nm, and the modu-
lation frequency of 2.0 kHz is shown in Figure 4 with that
of CP. There was little change in the intensity and the
phase angle with change in the modulation frequency down
to 100 Hz, unlike in the cases of CP and PFCB. There was
practically no phase shift indicating the absence of the
long-lived emission component and the presence of weak
fluorescence emission. The excitation spectrum is consider-
ably narrow as has been observed in cyclohexane solution
at room temperature,Z and it peaks near 309 nm. There is
no vibrational structures in contrast to the gas phase.d
The quantum vyield of emission in the matrix smoothly
drops tenfold from 305 to 280 nm.

This result simply suggests that below 285 nm (>5 X 108
cm-1 of excess vibrational energy) the vibrational relaxa-
tion on the Mn, ir*) manifold of CB in the N2matrix at 20
K is too slow to compete with the molecular predissociation
process which could involve ring opening212 as well as ring
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expansion.3 Since the fluorescence decay time (cf) oOf
CB(Si) at low vibrational excitation energies is ~4.9 nsec in
the gas phase,2d and since the molecular predissociation
rate is faster than 1/ tF by ~2 orders of magnitude,2d the vi-
brational relaxation time in the N2matrix cannot be short-
er than ~10-11 sec. Furthermore, the absence of the phos-
phorescence component in the photoluminescence excita-
tion spectrum near 310 nm suggests that either the vibra-
tionally hot (guessed at ~3000 cm-1 for the energy gap be-
tween Si and T1) triplet state which could be populated
through the S i~ T i intersystem crossing cannot be vibra-
tionally relaxed rapidly enough or CB(T!) is very unstable.
It is conceivable that CB(Ti) has no minimum or very shal-
low minimum on the potential energy surface. Whether
this is due to the matrix or not cannot be answered with the
present data alone. Again, the rapid disappearance of
CB(Ti) may involve ring opening or ring expansion. In any
case, it is clear that ring strain on cyclobutanone drastically
modifies its excited state chemistry unlike in the case of
perfluorocyclobutanone.

Chandler and Goodmanl3 have reported the observation
of polarized phosphorescence emission of CB in EPA glass
at 77 K in the excitation wavelength range 250-320 nm.
O'Sullivan and Testald4 have recently reported the phos-
phorescence emission quantum yield of 4 = 0.003 for CB
in EPA glass at 77 K and Xex 285 nm, and also they ob-
served 4p = 0.17 for CP under the same condition. If we as-
sume the latter value to be applicable to our phosphores-
cence lifetime data in the N2 matrix at 10 K, we obtain kp
= $p/rP = 0.17/1.2 X 10-3sec = 1.4 X 102 sec” 1 for CP,
which is comparable to the value of kp = 70 sec-1 for ace-
tone9 If we can further assume this value of kp for CP to'
be valid for CB in the N2matrix, then the estimate of rp of
CB can be obtained as 4>pfep = 0.003/1.4 X 102sec’ 1=;2X
10-5 sec, The upper limit of the observed photolumines-
cence decay time of CB in the N2matrix can be set at 5 X
10 B sec, on the basis of the observation that there was no
phase angle shift in the modulation frequency range 5-4000
Hz. We believe that the fluorescence emission quantum
yield for CB in the N2 matrix should be close to 2 X 10~3
for near 310-nm excitation, and therefore we could have
readily detected the phosphorescence emission with our
phase-sensitive detector if it were present with a minimum
value of 4p ~ 0.001. Therefore, we must conclude that the
phosphorescence quantum yield of CB in solid N2at 20 K
is less than 1 X 10~3 Either the vibrational relaxation in
the N2 matrix must be considerably more inefficient than
in EPA glass or the phosphorescence decay time and the
excitation spectrum should be measured in EPA glass to
verify the previously observed phosphorescence emis-
sion.134

Thomas and Guillory observed no photochemical prod-
ucts upon irradiating CB in the solid Ar, No, and CO matri-
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ces at 8-10 K with light above ~310 nm, but they observed
CO and c¢-C:iH- with 302.2-nm light.13 The observed lack of
photoproduct at >310 nml5 and the absence of phos-
phorescence in our work suggest that CB(Ti) in the solid
matrix at low temperature may isomerize but not dissociate
at low photoexcitation energies to give CO and c-C,)H6.
Only at higher energies, it dissociate rapidly to give these
products, due to inefficient vibrational relaxation in the
solid matrix. Since the threshold for the formation of
CHZCO is ~290 nml0 and it approximately coincides with
the extinction of the fluorescence in the N2 matrix in our
experiment, the predissociation on the Si manifold should
be responsible for ketene formation.

The experiments described above illustrate the failure of
the low temperature matrix technique in arresting the very
rapid molecular predissociation of CB(Si). However, the vi-
brational relaxation is in general fast enough, and therefore
this technique could provide a means to extend the stabili-
ty of electronically excited transient species and to study
their behavior with regard to radiative and radiationless
processes. The use of permanent gases as matrices simpli-
fies the problem of avoiding reactive “solvent” impurities
in general and probably circumvents exciplex formation in
many cases. Replacement of the mechanical chopper with
an electrooptical modulator should greatly extend the
range of lifetimes one can study.
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Triboluminescence of Sugars
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The triboluminescence of a variety of mono- and disaccharides including sucrose is luminescence from mo-
lecular nitrogen. The absence of triboluminescence from some saccharides is not a function of crystal size.
The diminished intensity of triboluminescence excited in crystals under denitrogenated liquids in which

they are insoluble is discussed.

The earliest record of triboluminescences (TL), the lumi-
nescence caused by the application of mechanical stress to
crystals, is contained in the writings of Bacon2 who ob-
served that lumps of sugar emitted light when scraped. The
triboluminescence of sugar was known to many other early
writers including Boyle who observed that “hard sugar
being nimbly scraped with a knife would afford a sparkling
light”.2 He also observed that the luminescence still oc-
curred when the sugar was scraped under vacuum.

In spite of the long history of the TL of sugar, the origin
of the luminescence has never been determined. For organ-
ic crystals and some inorganic salts, the most common ori-
gins are crystal fluorescence3 or phosphorescence.4-7 The
previously postulated2gas discharge origin is rarer. In some
cases, room temperature TL can occur from crystals which
are not photoluminescent at that temperature.5 We have
spectroscopically investigated the TL of mono- and oligo-
saccharides. We report here spectroscopic proof that the
TL of saccharides originates from gas discharge and note
general observations regarding the phenomenon.

Samples of D-glucose, lactose, maltose, L-rhamnose, and
sucrose are triboluminescent while samples of cellobiose,
fructose, fucose, galactose, and mannose are not. The TL
spectrum of sucrose, a typical member of the tribolumines-
cent sugars, is shown in Figure 1. All TL was excited by
grinding the sample in a Pyrex vial with a stainless steel
rod. The TL could also be excited by grinding the sample
between any hard objects including glass, wood, plastic,
and other metals. The spectra were obtained using the
method previously reported.6

The spectrum shown in Figure 1 is that of the second
positive group of molecular nitrogen.9As we have previous-
ly remarked,8 an excitation energy of over 11 eV is neces-
sary to excite N2from the ground state to the emitting 3ru
state. The vibrational progression shown arises from the vi-
brational levels of the 3fgstate of N2

In order to gain insight into the location of the emitting
molecular nitrogen, we have measured the relative intensi-
ties of the TL of sucrose crystals in a variety of argon
stripped solvents in which the sugar is insoluble. In all
cases, the intensity of the TL excited under the liquid de-
creased compared to that excited in air. Typical decreases
ranged from a minimum of 38% in benzene through 68% in
chloroform to 100% in nujol. No correlation between the in-
tensity and any bulk property of the liquid was found. The
absence of a correlation may occur because the intensity is
a sensitive function of the mechanical energy applied to the
crystal. The lubrication properties of the solvent and/or the
softening of the crystals due to solvent penetration could
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account for the decreased intensity. A sample of sucrose
was vacuum degassed at 80° to remove nitrogen adsorbed
in the crystals. No TL was observed when this sample was
excited under argon stripped benzene. However, TL was
observed when the degassed sample was excited in the at-
mosphere. From these observations, it is reasonable to con-
clude that ambient nitrogen gas is not necessary for the
phenomenon to occur but that adsorbed or absorbed nitro-
gen is sufficient. The above experiments, combined with
the insensitivity of the TL to the nature of the grinding im-
plement, argue against the TL being caused by an electrical
discharge between the crystal and the grinding implement.
However, the detailed mechanism by which the high energy
3hustate of N2is populated is not yet known.

The TL spectra of all the triboluminescent saccharides
studied are similar and are assigned to N2 emission. The
relative intensities of the TL from the various saccharides
cannot be meaningfully compared because of the differ-
ences in the crystal sizes and the possible differences in
their mechanical properties. In order to determine whether
or not the apparent absence of TL from a given saccharide
is caused by crystal size, we have examined both crystals
and finely ground powders of representative samples of tri-
boluminescent and nontriboluminescent saccharides. Weak
TL could be visually observed in a dark room even from
finely ground powders of the triboluminescent sugars,

Wavelength

Figure 1. The triboluminescence spectrum of sucrose. The emission
is from the second positive group of molecular nitrogen. The error
bars represent the standard deviation of at least five separate mea-
surements.
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while no TL was observed from fructose, mannose, galac-
tose, fucose, or cellobiose. Thus, the presence or absence of
TL is probably a function of the crystal structure or the
packing of molecules in a crystal and not solely a function
of the size of acrystal.

We have observed similar behavior of the TL of N -acety-
lanthranilic acid and its derivatives. Minor changes of the
substituents which barely affect the luminescence proper-
ties of the molecule prohibit the TL.I0Work is in progress
to determine the structural factors necessary for a crystal
to be triboluminescent.
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Effects of Sugar Solutions on the Activity Coefficients of

Aromatic Amino Acids and Their Af-Acetyl Ethyl Esters
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Activity coefficients of iV-acetyl ethyl esters of phenylalanine, tyrosine, and tryptophan have been deter-
mined in aqueous sucrose and glucose solutions. Similar measurements have been carried out with phenyl-
alanine, tyrosine, and tryptophan in sucrose solution. The compounds show increased activity coefficients
(decrease in solubility or “sugaring out”) in the solutions studied. The molar free energy of transfer, AEtr,
of these compounds from water to sugar solutions has positive values and indicates increased hydrophobic-
ity in sugar solutions. The AFtr value is found to remain unaltered over a considerable range of tempera-
ture. These observations have been utilized to explain the thermal stability of protein in aqueous sugar so-

lutions.

Prevention of heat coagulation of ovalbumin in sucrose
solution was recorded a long time back.1 Similar observa-
tions of the stability of ovalbumin and serum proteins in
sugar solutions have been reported.24 Simpson and
Kauzmann observed that the extent of ovalbumin dénatur-
ation in urea was reduced in presence of sucrose.5 Gerlsma
and Stuur observed that the melting temperature of both
ribonucléase and lysozyme increases in sorbitol solution in-
dicating their increased thermal stabilities in the solution.6
Recently we have observed that the heat coagulation of a-
globulin, the major protein component of sesame seed
(Sesamum indicum L.) proteins, is prevented in sucrose
and glucose solutions (unpublished work).

The manner in which sugar induces the increased heat
stability of proteins or reduces the extent of dénaturation
by other reagents is not known. Studies during past few
years have indicated how the groups which are mainly in-
volved in the dénaturation process of a protein molecule
would behave in different solvent systems, e.g., simple elec-
trolytes, urea, guanidine hydrochloride, and tetralkylam-
monium salt solutions.7'10 This information was obtained
from a study of the activity coefficients of model com-
pounds which are representative of different groups in a
protein molecule. In our previous studies we chose blocked

amino acid ethyl esters, e.g, CH3CONHCH(R)COOC2Hr,,
R being a nonpolar side chain. Here we rsport measure-
ments of the activity coefficient of the above compounds
where R is phenylalanyl, tyrosyl, and tryptophanyl side
groups in sucrose and glucose and also aromatic amino
acids in sucrose solutions. The phenylalanyl derivative has
also been studied in aqueous glycerol, ethy.ene glycol, and
1-butanol solutions. Temperature effect on the activity
coefficient of the compounds has also beer determined to
obtain a better insight into the mechanism of sugar effects
on model compounds and hence protein.

Experimental Section

Materials and Methods. N- Acetyl T.-phenylalanine ethyl
ester (Sigma Chemical Co.), iV-acetyl-L-tyrosine ethyl ester
(Grade 1, Cyclo Chemical Corp.), Aracetyl-l.-tryptophan
ethyl ester (Grade I, Cyclo Chemical Corp.). l.-phenvlal-
anine (BDH), L-tyrosine (E. Merck), and L-tryptophan (E.
Merck) were used. Solubility phase curves for these com-
pounds showed the absence of impurities. Sucrose and glu-
cose were reagent grade chemicals. Fractions of ethylene
glycol (E. Merck) and 1-butanol (E. Merck) distilling re-
spectively at 115-117 and 194-196° were used, BDH glyc-
erol was used. Glass distilled water was used.
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The solutes were equilibrated with the solvents in 10-ml
capacity tubes sealed with Teflon-lined screw caps. For the
measurements at 28 + 0.1 and 5 + 1° the tubes were sub-
merged in a water bath in a rotating rack, and mixing was
accomplished by rotating tubes end-over-end at 35-40 rpm.
The solubility measurements at 40 (+0.2°) and 55° (£0.3°)
were carried out in an incubator shaker (New Brunswick
Scientific Co., N.J.) at 180 oscillation/min. In general the
period of equilibration was 5 days at 5°, 60 h at 28°, and 48
h at both 40 and 55°. The measurement at 65° with APE
was carried out by shaking the solutions intermittently for
8 h. Equilibrated solutions were filtered at the tempera-
tures of equilibration. Sampling of aliquots was also carried
out near the equilibration temperature.

The concentration of the solutes was determined by
measuring the absorbance of the solution, after proper
dilution, at 257 nm for Phe and APE,-275 nm for Tyr and
ATYE, and 278 nm for Try and ATRE in a Carl-Zeiss
VSU-2 spectrophotometer.3l Molar extinction values are
APE 186 (lit. 1889), ATYE 1335, ATRE 5445, Phe 170 (lit.
19011), Tyr 1250 (lit. 13708), and Try 5610 (lit. 550012). The
solubility values of APE in water at 5, 28, 40, 55 and 65°
are 2.55, 4.13, 6.62, 8.04, and 17.1 g/1., respectively. The
solubilities of ATYE at 5 and 28° are 1.40 and 3.48 gA., re-
spectively, values for ATRE at 5 and 28° are 0.52 and 1.47
gA-, respectively. At 28°, the solubilities of Phe, Tyr, and
Try are 30.3, 0.579, and 11.0 gA., respectively. Solubility
values are reproducible within ~5%. We have assumed that
this range of experimental error applies also to determina-
tions in other solvents studied here.

Results

Activity coefficients of the solutes have been obtained
from

=cp/c? (i)

where A\s is the activity coefficient of the solutes, i, in sugar
or other solutions; C;° and Cjsare the molar concentrations
of i in water and the sugar solutions, respectively. Activity
coefficients of the solutes have been assumed to be unity in
water.13 The solubility values of the compounds in differ-
ent solvents have been shown in Tables I and I1.

Figure 1 shows a semilogarithmic plot of activity coeffi-
cient of APE as a function of sugar or alcohol concentra-
tion. The plots are nonlinear. In sugar solutions, the in-
crease in the activity coefficient is observed. The increase
becomes more pronounced at higher concentrations of sug-
ars. Glycerol and glycol also increase the activity coeffi-
cients, but to a smaller extent compared to sugars. In con-
trast in 1-butanol the activity coefficient decreases. Figure
2 shows similar plots of activity coefficients of the com-
pounds studied here in sucrose solution. At a constant su-
crose concentration (>1 M particularly), the increase in the
activity coefficient follows the order: ATYE > APE >
ATRE, Try > Tyr, Phe. The same trend is observed for the
esters in glucose solution. Analogous to salting out phe-
nomenon, where the solubility decreases and corre-
spondingly activity coefficient increases, the present obser-
vation of increased activity coefficient of the amino acids
and esters can be considered as “sugaring out” phenome-
non.

The relative effects of different solvents on the activity
coefficient of the solutes can be obtained from an equation
similar to Setchnow equation in electrolyte solution, viz.,
log /i = KSSwhere Ksis the value of f\at 1 M sugar or al-
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TABLE I: Values of the Solubility in g/1. of the
JV-Acetyl Aromatic Amino Acid Esters and Aromatic Amino
Acids in Sucrose and Glucose Solutions at (28° C)

Compound
Phenyl- Tyro- Trypto-
Conen, M APE ATYE ATRE alanine sine phan
Water 4.13 3.48 1.47 30.3 0.58 11.0
Sucrose
0.25 3.88 320 143 28.78 0.56 10.20
0.5 359 296 135 2787 054 9.68
1.0 289 233 117 2545 0.50 8.36
15 231 174 099 2333 0.46 7.15
2.0 1.57 1.15 0.83 21.21 0.42 6.05
Glucose
0.25 3.82 327 143
0.5 3.60 306 1.35
1.0 322 264 125
15 2.89 2.22 1.11
2.0 2.56 193 0.99
[SUGAR] or [ALCOHOL]

Figure 1. Effects of different solvents on the activity coefficients of
acetyl phenylalanine ethyl ester at 28°.

cohol concentration (Cs = 1). The plots are curved and
there are not many data at lower concentrations (<1 M),
through which the best straight line can be extrapolated to
1 M to give Ksvalue for its meaningful comparison in dif-
ferent solvents.

Another method of comparison of the effect of solvents
would be to compare the free energy of transfer, AFIr,
which can be calculated from the equation AFtr = RT In/,
and represents the free energy of transfer of 1 mol of a
given component, i, from water into the other solvents. The
values of AFtr from water to 1 and 2 M solvents have been
reported in Table Ill. It can be seen from Table 1V that for
APE, which has been studied relatively thoroughly, a varia-
tion of 60° does not effect the value of positive AFtr from
water to glucose solution significantly. Similar constancy of
AFtr values for ATYE and ATRE are also observed, al-
though the temperature range was less. Glucose solution
was preferred for the study of temperature effects, as the
viscosity of sucrose solution particularly at lower tempera-
ture was considerable.

Discussion

In native protein molecules the majority of the peptide
groups (-(R)CH-CONH-) remains buried in its interior.14
Under a denaturing condition, these groups from the inte-
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TABLE II: Solubility Values in g/1. of N-Acetyl-L-phenyl Ethyl Ester in Glycerol, Ethylene Glycol, and 1-Butanol at 28°C

Glycerol, M
0.25 0.5 1.0 1.5 2.0 0.25 0.5
4.05 3792 3/B4 3/76 3768 4X>6 3.92

[sucrose]

Figure 2. Effect of sucrose on the activity coefficients of acetyl tyro-
sine, acetyl phenylalanine ethyl esters, tryptophan, and phenylala-
nine at 28°.

rior of the protein would be exposed to the surrounding sol-
vent with consequent increase in their concentrations (de-
crease in their activity coefficients). In a solvent system
where the activity coefficient of these groups increases (de-
crease in their concentration), the protein would become
more stable against dénaturation in this solvent compared
to the same process in water (or dilute aqueous buffer).
This model of the stability of a protein molecule in solvents
has been used previously.7,910 In the present investigation
the behavior of the compounds which can be considered to
be as models for groups present in proteins has been stud-
ied in solvents which are known to increase the stability of
protein against dénaturation.

Considerable amount of information is available on the
behavior of model compounds for different groups in pro-
tein in urea, guanidine hydrochloride, and electrolyte solu-
tions to understand the mechanism of dénaturation of pro-
teins in these solutions.7M0 The probable mechanism by
which dénaturation or its extent is prevented in sugar or
polyhydroxy solutions is not known and no information at
present is available about the behavior of peptide groups in
these solutions. We have chosen the compounds
CH3CONHCH(R)COOC2HS5 for this purpose. The combi-
nation of hydrocarbon side chain R and polar groups in
these compounds might be considered to provide a model
for the portion of the polypeptide chain present in protein.
The compound where R is phenylalanine has been studied
in detail. In addition, the amino acids phenylalanine, tyro-
sine, and tryptophan have been studied in sucrose solution.

The increase in the activity coefficient (Figures 1 and 2)
and the corresponding positive AFtT (Table I11) show that
esters find sugar solutions unfavorable compared to water.
Similarly sucrose solution is unfavorable for the amino
acids. The decreased solubility of the esters and amino
acids in sugar solutions indicates that the presence of sugar
induces more hydrophobicity. It is known that the trypto-
phanyl group is the most hydrophobic group of proteins
followed by the tyrosyl and phenylalanine group.-5 In su-
crose solution, tryptophan is most hydrophobic whereas
the hydrophobicity of Tyr and Phe are similar. However,
the positive AFtrin the ester series is maximum for ATYE
followed by APE and ATRE (see the Mechanism section).
The critical micelle concentration (cmc) value of a nonionic
detergent Triton X-100, the micelle of which is formed by

Ethylene glycol, M

1-Butanol, M
1.5 2.0 0.25 0A (085 0/7 (L8

3784 3/72 3.63 5/37 6 60 7.02 7/85 8.26

TABLE III: Values of Free Energy of Transfer, AFtr
cal/mol, for the Transfer of the Solutes from Water to
Different Solvents at 28°Ca

Sucrose Glucose

Compound 1M 2M 1M 2M
APE* 205 580 140 290
ATYE 250 660 150 370
ATRE 125 305 110 260
Phenylalanine 110 200
Tyrosine 95 190
Tryptophan 150 360

aAFtr has been defined in the text. *Values of A/'trin 2M
glycerol and ethylene glycol are 70 and 85 cal/mol, respec-
tively; the AFti value is—415 cal/mol in 0.8 M 1-butanol.
Values have been rounded to the nearest 5.

TABLE 1V: Effect of Temperature on the AValues for
the Transfer of Different Esters from Water to 1 M
Glucose Solution0

Temp, °C
Compd 5 28 40 55 65
APE 130 140 185 150 185
ATYE 165 150
ATRE 150 110

aValues are in cal/mol.

the aggregation of its nonpolar moieties in water, can be
found to reduce from 0.2 mg/ml in water to ~0.14 and 0.1
mg/ml in 1 and 2 M sucrose solution, respectively.16 This
can be considered as increase in the hydrophobic interac-
tion between nonpolar moieties in sucrose solution. Prak-
ash and Nandi from the increased retention of the above
esters and amino acids in electrolyte solution compared to
water in Sephadex LH-20 gel concluded that the hydropho-
bicity increases in electrolyte solution.17 Lakshmi and
Nandi (J. Chromatogr., in press) also observed increased
retention of the esters in the Sephadex LH-20 gel in sugar
solutions which indicated the increased hydrophobicity in
these solutions.

Mechanism of the Sugar Effect. The increase in the ac-
tivity coefficient of the solutes studied here cannot be ex-
plained as arising from the change in the dielectric con-
stant of the sugar solutions since (~2 M) glucose and su-
crose decrease the dielectric constant of the solvent to the
same extentl8 (42 and 40, respectively, from 80 of pure
water) although the activity coefficients of the esters are
observed to be considerably larger in sucrose solutions.
Further, though 1-butanol, ethylene glycol, and glycerol re-
duce the dielectric constant of the medium, considerable
decrease in the activity coefficient of APE is ooserved in
1-butanol in contrast to increase, albeit to a smah extent, of
the activity coefficient in the other two solvents. Nozaki
and Tanford19 observed that the solubility of tryptophan
increases in aqueous ethylene glycol which also indicates
that the dielectric constant does not play an important role
on the observed activity coefficient behavior.

The decrease in the solubility of the solutes in sugar so-
lution is not caused by the reduced water activity in the
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system due to the presence of sugar, since the solubilities of
amino acids which depend upon solvation by water should
have reduced by a larger extent than the ester molecules. In
addition the increase in the solubility of adenine and no
change in the solubility of thymine in sucrose and glucose
solutions (unpublished work) cannot be explained as aris-
ing from the reduced water activity in sugar solution. Wal-
rafen20 from Raman spectral measurements observed that
sucrose induces structure in aqueous solution a conclusion
which has been questioned recently by James and Frost2l
who from the study of the librational band of water in su-
crose concluded that intermolecular water-water interac-
tions appear to be similar to intermolecular water-sucrose
interaction. Taylor and Rowlinson2 from the calorimetric
measurements of aqueous glucose and sucrose solutions
concluded that strong hydrogen bonding exists between
sugars and surrounding water molecules, which is stronger
than the hydrogen bonding between water molecule them-
selves. Calorimetric results being more reliable will be uti-
lized to explain the present observation. Since sugar-water
hydrogen bonds are stronger than water-water hydrogen
bonds, placement of the same molecule would require more
work in sugar solution than in water which explains the
positive AFtr values for the transfer of the solutes from
water to sugar solutions. The placement of the ester mole-
cules would require breaking up of stronger sugar-water
combination which can probably explain the small positive
AFtr observed here (see Results). The corresponding posi-
tive entropy change due to the freeing of water and sugar
molecules would probably be neutralized by the decrease in
the entropy of the system caused by the restriction of the
solvent, particularly water molecules, around the nonpolar
groups. The above explanation based on cavity formation
theory of Sinanoglu and Abdulnur23 however, depends on
the surface tension of the solvent. Glucose and sucrose do
not appreciably change the surface tension of water (the
change is within 1-2 dyn cm-1 for 1 M solutions1824). In-
stances are, however, known where hydrophobic effects
arising from the ordering of solvent molecules around the
solutes dominate the surface tension effect.5

The reduced unfavorable AFtr for ATRE compared to
ATYE and APE may arise from some favorable interaction
between (by hydrogen bond) heterocyclic moiety and sugar
molecules which is not possible with Try due to the pres-
ence of charge groups.

The foregoing discussion of sugar effect, albeit to a re-
duced extent, would be applicable to the polyhydric alco-
hols, e.g., glycol and glycerol.

Application of the Observed Effects to Protein. The
present result with model compound shows that sugar mol-
ecules and probably polyalcohols also would introduce
more hydrophobicity in aqueous solution. This would re-
sult in a solvent system where the already exposed peptide
attached with nonpolar groups in the native protein mole-
cule would have a tendency to enter into the protein interi-
or due to unfavorable environment produced by sugar mol-
ecules. Similar groups in the interior of the protein would
find an even more unfavorable environment in sugar solu-
tion than water on their exposure. This would result in
more stability of a protein molecule in these solvents and
would reduce the extent of denaturation of protein mole-
cule induced thermally or by other denaturing agents. Cle-
ment-Metral and Yon concluded that the conformational
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change resulting in increased stabilization of (J-lactoglobu-
lin A is responsible for their observed inhibition of tryptic
hydrolysis of the protein in sucrose solution.28

The CH groups in the sugar or polyalcohols may have
some favorable interaction with the nonpolar groups in the
protein, but this would be suppressed by the unfavorable
effect described above.27 Alcohols, in which the proportion
of nonpolar groups are more than OH groups, e.g., in 1-bu-
tanol, by favorable hydrophobic interaction with the non-
polar groups would destabilize the protein leading to its de-
naturation.

The foregoing discussions may have some consequences
on the perturbation spectrum of proteins in sugar and po-
lyalcohol solutions. It is generally considered that these so-
lutions perturb the spectrum of protein by effects other
than any conformational changes in them although a few
instances to the contrary are known.28-30 The present re-
sult of the unfavorable interaction between sugar solution
and aromatic chromophores indicates that the groups
which are fully or partially exposed to water, may get par-
tially or completely buried in the protein interior. The
change of the environment of the chromophores from the
high dielectric constant of water to the protein interior of
low dielectric constant (that of ethanol) may induce spec-
tral red shift which is generally attributed as arising from
the change of the polarizability of the chromophores in the
presence of perturbing molecules. The above possibility is
only suggestive and by no means a conclusive one.
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It is shown that by using a multifilter spectrum analyzer one can obtain, by means of light beaming spec-
troscopy techniques, the time evolution of average size and number density of the scatterers. The time evo-
lution is obtained at a rate of 1 min-1. By numerical calculation it is shown that even when the scatterers
are not monodisperse the spectrum can be used to calculate the average size with satisfactory accuracy.

Introduction

In order to test the nucléation process of strontium sul-
fate in a saturated solution in the presence of a small
amount of a polymer which retards the precipitation, there
was a need to measure the time evolution of the size distri-
bution of the microcrystals.1

Size measurement of microscopic particles in solution
can be measured by light beating spectroscopy. This pow-
erful tool was employed in the present case after certain
modifications, due to the experimental requirements, were
introduced. The aim of the present communication is to
show the experimental system and the data interpretation
process by which the time evolution of the average size and
number density of the microcrystals was measured at a rate
of 1 min-1.

Measurement of the size of microscopic particles in solu-
tion by the measurement of the scattered light spectrum is
an accepted and well tried method.2 Briefly, the optical
spectrum of coherent light scattered by spherical particles
of size r is given by

TF1IVIA 2 Dag2
I(<) ® ©- w2+ (Dg22 M
Where N is the number density of the scatterers. A(r) is
the scattering amplitude, D the diffusion coefficient, and g
the scattering vector

9= 4?0 sin (%0)

where no is the refractive index of the solvent, X the wave-
length, 8 the scattering angle, and uiq the light frequency.
The measured quantity in light heating spectroscopy is the
power spectrum obtained from the optical spectrum by
convoluting /(<>) with itself. Particle size is derived from
measurement of the diffusion coefficient which is size de-
pendent. In the present case, the aim is to measure the
time evolution of the size distribution of microcrystals
growing in the solution. This requirement imposes two dif-
ficulties: (a) fast measurement, since the sample evolves
with time the spectrum has to be measured faster than any
time constant related to the time evolution; (b) data inter-
pretation, as the microcrystals are not necessarily monodis-
perse, the spectrum obtained may not be a simple Lorent-

zian so that the size is not simply related to the spectral
shape.

Experimental Section

These problems were partially solved in tine system to be
described. The optical part of the spectrometer used is sim-
ilar to those already reported in the literature.3 The laser
used was a Spectra-physics Model 124A He-Ne laser, while
the photomultiplier used was the RCA 7265 model.

For a stationary sample the easiest way o: measuring the
photomultiplier current power spectra is to use a spectrum
analyzer, as reported in ref 4. For a time-evolving sample
this approach is unacceptable because the time of measure-
ment needed is too long. The time of measurement has to
be taken into account due to the signal-to-noise ratio of the
final signal. As has been shown.2 this ratio depends on the
square root of the time of measurement at a fixed frequen-
cy. In the case of swept frequency, the sweep rate has to be
slow enough; in practical cases, the total time of measure-
ment is about 20 min.

In the present case, the rate of the time evolution of the
sample was such that the spectrum had to be obtained in a
time of 1 min. For this purpose a multifilter spectrum ana-
lyzer (MFSA) was designed and built. The MFSA is com-
posed of eleven parallel channels, one of them monitors the
d.c. component of the photomultiplier output, whereas the
other ten are composed of active band pass filters having
different central frequency but equal transmission curves.
The output of each filter is rectified and integrated, so that
the output is composed of eleven capacitors whose poten-
tial is proportional to the rms value at the band passed by
the respective filters. Each a.c. channel has a width of 10
Hz, and the time constant of each integrating circuit is
such that for 1 min integration the capacitor potential is
more than 95% of its maximum value. At the end of the
measuring time (1 min) the voltage of the capacitors is re-
layed through a multiplexer to a recorder; after the record-
ing, each memory is shortened and a new measuring se-
guence starts. In the present system, the frequency range
covered starts at 15 Hz with a 30-Hz step to 285 Hz. Using
this system, the power spectra of a time-evolving sample
can be obtained, provided the rate of change of the sample
is not faster than 1 min.
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The output of the MFSA includes the power spectra as
well as the shot noise level using the d.c. channel data. For
single size scatterers, the data interpretation is straight for-
ward; the signal is processed as a Lorentzian, its half-width
found, and the particle size calculated. The system was
checked and calibrated using commercially available poly-
stryrene latex spheres of known size; the size and their
monodispersivity were checked and measured using a scan-
ning electron microscope. The results show 5% accuracy (in
particle size).

Data Interpretation

When the scatterers are size distributed the relation be-
tween the power spectrum and size distribution is more
complex. If the size distribution is given by dN = G(r) dr,
i.e., at size r + dr there are dN particles, the optical spec-
trum is:

, 1r- omanidgz |
IM =~ 3 =g« [H)ryA2dr @

the power spectrum is the convulution of /(co) with itself,
and the zero frequency centered result is
PM =
N\,
' 1G(r) G M \A(N\ A(x)\2D(r)D(x)q4dr dx (3
a2+ g4[.D(r) + D(x)]2

In the integral q is given as before, D(r) is the diffusion
coefficient given by KT/&imjr, where T is the solution tem-
perature, 4 the solvent viscosity, and r the particle radius.
A(r) is the scattering amplitude which depends on size, re-
fractive index of particle and solvent, wavelength, and scat-
tering angle5 The integral equation relating between the
size distribution function G(r) and the power spectra P M
is not easily inverted and it seems that no unique solution
exists. Nevertheless, some approximation of the average
size of the scatterers can be obtained from numerical calcu-
lations of eq 2 starting with an assumed size distribution.

To check the accuracy of a monodisperse approximation
for size distributed scatterers, numerical calculations of eq
2 and 3 were performed. Assuming that the scatterers are
size distributed according to the log-normal distribution,

G(r) = o exp 4

Using the calculated values of A{r) one calculates the opti-
cal spectra using eq 2, and by numerical convolution the
power spectra are obtained.

The best single Lorentzian is fitted to that function, i.e.,
data of size distributed particles are analyzed as if due to
monodisperse particles. From the best fit obtained one cal-
culates the particle size, which can be compared to the av-
erage size with which the calculation was started.

In Table I the results of such a comparison are shown.
The first column represents the average diameter used in
eq 4, the second column is the size distribution width (30%
of the average size in all cases), whereas the third column
gives the diameter calculated from the power spectra which
were analyzed as if it is due to monosize particles, as pre-
viously described. One observes that the original average
size and the calculated size do not differ by more than 15%
in the size range of (0.2- 1.0) (im for a distribution of appre-
ciable width. As shown in Figure 1, the scatterers in the
present case do not possess a wide distribution so that one
can calculate that the measured spectra can be analyzed as
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TABLE \a
Av Half- Caled Rel.
diameter, width, diameter, error,
M M %
0.200 0.060 0.228 14
0.400 0.120 0.446 11
0.600 0.180 0.631 5
0.800 0.240 0.825 3
1.000 0.300 1.067 0.7

“ The calculation was performed on ideal spherical parti-
cles, size distributed according to eq 4, with parameters as
stated in the table. The refractive index used in the calcula-
tion of the scattering amplitude was n = 1.5983, the re-
fractive index of bulk strontium sulfate. The particles were
assumed to be suspended in water, n = 1.333.

Figure 1. Scanning electron microscope photograph of the final
strontium sulfate microcrystals. Note that the size distribution is nar-
row.

Zero level DCCh Chi Ch2 Ch3Ch.4Ch5 Ch6 Ch7 Ch8 Ch9 ChiO Zero level

Figure 2. Recording of the MFSA output at intervals of 1 min. Each
recording is shifted upward by a fixed amount.
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Figure 3. Graphical representation of the reciprocal of the power
spectrum vs. the square of frequency. Note the near linearity.

if due to monodisperse scatterers and the calculated size
represents the average size within the limits of 20%.

Data Analysis

As described, the scattered light spectrum was obtained
from the MFSA on a recorder. A set of consecutive mea-
surements recorded in this way is shown in Figure 2. each
recording is further analyzed as a Lorentzian. The recorded
data are the square root of the power spectra and the shot
noise. The level of the shot noise is known from the d.c.
level.

Using these data, one writes the power spectra P(qj) as
follows:

P(>) = S(u®2- NM 2 (5)

where S(co) is the recorded signal and N(qg) the shot noise
(slightly dependent on frequency due to the system trans-
fer characteristics). Since P(U>) is a Lorentzian, one designs
A as its half-width and obtains

d=1 24 A2 6)
PW) B B
where B is a constant. By graphical analysis of 1/P(0>)
(measured quantity, eq 5) as a function of 02 one obtains A.
Since A = 2Dqg2 (eq 3) and g is known, one calculates D and
from it the size r. Furthermore, the nonlinearity of the data
is an indicator of the distribution width of the scatterers.
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Relative Number Density Measurement

By integrating eq 1 over all the frequencies one obtains
the total light intensity scattered. It is observed that this
intensity is proportional to 7V]JA(r)]2 To obtain the abso-
lute light intensity one has to consider the geometry of the
experiment as well. For an experiment, such as discussed
previously, where the number density and average size
change with time, the relative number density of the scat-
terers can be calculated from this relation.

The total light scattered into the photomultiplier is pro-
portional to the d.c. current. Using the previous propor-
tionality one can write

lit) = KN\A(N[2

where I(t) is the measured current, K an unknown con-
stant, N the number density of the scatterers, and A(r) the
scattering amplitude. As described previously, r is obtained
experimentally, and A(r) can be calculated. 7(f) is mea-
sured directly, so that KN can be calculated as a function
of time, to obtain the relative number density of the scat-
terers.

Conclusion

It has been shown that by using the MFSA one can ob-
tain the time evolution of the scattered light. For the case
under discussion, where the size distribution width does
not exceed 30% of the average size, one can analyze the
data as if it is due to monodisperse particles. Using this ap-
proximation one obtains the average size and the relative
number density of the scatterers as a function of time.

The time evolution of the average size and number den-
sity of the evolving microcrystals in a retarded precipita-
tion of saturated strontium sulfate solution are summer-
ized and discussed in the second part of this article.*
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The time evolution of the diameters of strontium sulfate particles, during the process of precipitation, was
determined by light scattering technique. A multifilter spectrum analyzer for use on the usual apparatus
for light beating spectroscopy was designed which reduced the time required for a single measurement to 1
min. The solutions employed contained admixtures of polyfvinyl sulfonate) at low concentrations. The re-
sults are explained by a mechanism of strontium sulfate heterogeneous nucléation on the poly(vinyl sulfo-
nate) macromolecules, which act as microsubstrates.

Introduction

The precipitation of sparingly soluble salts at high sup-
ersaturation may be significantly retarded by an admixture
of polyelectrolytes at extremely low concentrations. Al-
though this phenomenon is important in industrial and bi-
ological systems, the mechanisms of retardation are not
well understood. For instance, desalination plants of sea
water are designed for operation in economically non-opti-
mal scale-free conditions, because the commercial scale re-
tardants are not effective enough for scale prevention at
the technologically sound concentration-temperature re-
gions. The screening for the most suitable additives is
mostly carried out by an empirical approach because inves-
tigators are unable to predict the effectiveness of a sub-
stance on the basis of first principles. The mechanisms of
retardation of kidney and gall stones formation and the
overly effective inhibition of crystal growth as in certain
bone diseases also belong to the class of phenomena, the
mechanisms of which should be elucidated.

In this study, we present new experimental data about
the time evolution of the size and relative number density
of particles in a system of sparingly soluble salt-low molec-
ular weight soluble polymer. The size measurement of mi-
croscopic particles in suspension can be performed by light
beating spectroscopy, after certain modifications of the
standard equipment, in accordance with the experimental
requirements, have been introduced.

The mechanism of retarded precipitation must deal with
crystallization processes in which both nucléation and
growth are occurring. No comprehensive nucléation theory
exists which takes the supersaturated solution as a starting
point, as the mathematical difficulties encountered in such
systems seem now to be insurmountable. The nucléation
rates in solutions can be computed by the equations postu-
lated for vapor phase nucléation with appropriate correc-
tions. That is, they could be, if the nucléation process in so-
lution were, as a rule, homogeneous. In practice, however,
nucléation in solution is in most cases heterogeneous, ex-
cept at artificial conditions of rapid mixing, and therefore
additional corrections for the foreign substance on which
the nucleus is formed must be introduced.

The models for heterogeneous nucléation in solutions
deal with substrates which are, on an atomic scale, of infi-
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nite dimensions. They usually include walls of the reactor,
macroscopic dust particles or foreign substances such as
mica, sillicates, sparingly soluble carbonates, sulfates, etc.
Turnbull and Vonnegut2 assume a modification to energy
barrier of nucleation due to the internal distortions in the
nucleus, which are caused by the mismatch between the
lattices of the substrate and the nucleus. Upreti and Wal-
ton3 argue that it is not certain that ions upon joining a nu-
cleus are already completely desolvated. Hence the nucleus
is unlikely to possess macroscopic properties such as elastic
modulus, surface energy, or even a normal crystal lattice.
Their model is also based on the assumption of an infinite-
ly large substrate. The systematic experimental studies of
heterogeneous nucleation were carried out, almost exclu-
sively, on substrates with well-developed, and preferably
perfect, faces.

Nevertheless, no crystal surface can be perfect on the
atomic scale, and photomicrographs of crystals grown on
substrates show that only certain sites on the surface of a
substrate are used for nucleation. Nucleation would pre-
sumably also occur if those sites were separated from the
bulk and isolated from each other, provided they retained
their special structural properties. It follows that very
small, active fragments of matter could be prepared which
would have the required degree of matching with the crys-
tal lattice, on which heterogeneous nucleation could take
place. In this study soluble polymers were used for this
purpose. They have a distinct advantage over active sites
on a bulk substrate, because their number, can be known.

It was ascertained that the polymer actively participated
in the crystallization process of the sparingly soluble salt,
retarding precipitation and modifying the crystal habit4
while its monomer was almost inactive.5

In order to investigate the system “solution-salt parti-
cles”, which presumably have nucleated by a heterogeneous
process on polymeric molecules, a light scattering method
was employed. Diameters of the particles and their relative
numbers were calculated and changes in these parameters
were observed at 1-min intervals for a period of about 1 hr.

Experimental Section

Materials. The crystallizing salt employed was stronti-
um sulfate obtained by mixing clear, 0.2-pm millipore fil-
tered solutions of strontium chloride and sodium sulfate.



Mechanism for Retarded Precipitation

The polymer used was poly(vinyl sulfonate), which has a

sulfonic group at every alternating carbon. The average
molecular weight of a macromolecule was 17 000 corre-
sponding to about 300 carbon atoms in a chain. The em-
ployed concentrations were 10 and 20 ppm corresponding
to 5.8 X 10-7 and 1.17 X 10-6 M concentrations, respective-
ly-
d Preparations of Solutions. The clear solutions of stronti-
um chloride and of sodium sulfate, the latter premixed
with the polymer solution, were placed in two separate
arms of a three-armed container, shaped like an inverted
Y.6 The beginning of the crystallization process was
marked when the solutions were mixed and transferred
into an optical cell. The optical cell was introduced into a
light scattering apparatus which is described elsewhere.1

Results and Discussion

The concentrations of strontium sulfate solutions em-
ployed in this study were 0.0156 and 0.0168 M which corre-
spond to 18- and 19-fold supersaturation ratios, respective-
ly. These supersaturations are sufficient to induce the pre-
cipitation of the solute excess in about 1 min, to be fol-
lowed by a quick sedimentation. Poly(vinyl sulfonate), like
certain other polyelectrolytes, stabilizes these supersatu-
rated solutions; in their presence the precipitate forms very
slowly and for a prolonged period of time no sedimentation
is detected.56 The effect is fairly specific, but when it ex-
ists, the higher the concentration of the additive, the longer
the induction period. The concentrations of poly(vinyl sul-
fonate), 10 and 20 ppm, were selected for their mutual
compatibility with the above-mentioned strontium sulfate
concentrations to fulfill several conditions which are almost
contradictory to each other, but which are required for this
type of investigation. The particles of strontium sulfate
had to be large enough to be detectable by the available
equipment of light scattering, but small enough to remain
suspended in the solution for a length of time sufficient for
observation. It was desirable to follow the process of
growth, i.e., changes in the values of the diameters; but the
changes had to be slow enough to permit spectrum analysis
of the scattered light at essentially stationary conditions.
The range of the strontium sulfate concentration which
complies with the requirements is rather narrow.

Figure 1 shows the sizes of the diameters of strontium
sulfate particles formed in the presence of 10 and 20 ppm
of poly(vinyl sulfonate). The determinations were made at
intervals of 1 min. The first result was obtained 1 min after
mixing, therefore the particles “seen” then were adult crys-
tals well past the nucleation stage. The dots which compose
the curves in Figures 1 and 2 show the statistical scattering
of the determined values. The appreciable scattering of re-
sults is due to the very high sensitivity of the detecting sys-
tem to any disturbances caused by stray dust particles, cur-
rents in the solution, vibrations, etc. as well as by devia-
tions from monodispersity. Each experiment was run twice
or thrice, every time from freshly filtered solutions. The
curves are reproducible, but the degrees of deviations vary
a little.

Curves A and B in Figure 1 represent the average diame-
ters of strontium sulfate particles in 0.0168 M solutions
with 10 and 20 ppm of poly(vinyl sulfonate). The zones of
deviations from these curves do not overlap. The diameters
of the particles in the 10 ppm solution (curve A) are about
1.3 times larger than those in the 20 ppm solution. This
means that the ratio of the volumes and of the respective
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Figure 1. Diameters of strontium sulfate particle in 0.0168 M solu-
tion vs. time with admixture of 10 ppm (curve A) end 20 ppm (curve
B) poly(vinyl sulfonate).

Figure 2. Diameters of strontium sulfate particles in 0.0156 M solu-
tion vs. time with admixture of 10 ppm (curve C) and 20 ppm (curve
D) poly(vinyl sulfonate).

weights of the particles is 2.2. The proximby of this num-
ber to the inverse ratio of the polymer concentrations
seems to be significant.

This result was checked in a second series of determina-
tions, in solutions of 0.0156 M concentrations of strontium
sulfate. Curve C, Figure 2, represents the diameters of the
particles with 10 ppm poly(vinyl sulfonate) admixture and
curve D, with 20 ppm. In this case also, the diameters of
the particles formed in the presence of 20 ppm additive are
smaller, by about the same factor as in t.ie former case,
than those formed with 10 ppm. Curve D lies belcw curve C
and both curves are outside the deviation limbs of each
other.

Comparing curves which represent diameters of stronti-
um sulfate particles formed in the presence of constant
poly(vinyl sulfonate) concentration, in Figures 1 and 2, one
can see that curve C which represents the lower concentra-
tion of strontium sulfate lies below curve A, which repre-
sents the higher concentration. The limit zones of both
curves overlap. The same may be said about curves B and
D.

The fact that the weights of the particles in the solution
are in inverse ratio to the concentrations of the additive
can be readily explained on the basis of the heterogeneous
nucleation mechanism, when each polymeric species, or a

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976



258

definite part of the polymeric molecules, are considered as
microsubstrates, i.e., as likely nucleation sites. If the num-
ber of the nucleation sites is doubled, by raising the poly-
mer concentration from 10 to 20 ppm, and the supply of
the precipitating solute remains constant, by keeping the
same strontium sulfate concentration, the particle weights
will be halved, or the diameter will be diminished by a fac-
tor of '3 2- This is exactly what is shown in both Figures 1
and 2. As for comparison between the two figures, if the
supply of the solute is decreased by lowering the concentra-
tion of strontium sulfate but the number of the sites is kept
constant (compare curves A and C), the result will be de-
crease of weight, or decrease of diameter, of the average
particle.

The second test of this approach is to count the number
of particles in each solution. Although no absolute values
can be determined, the relative numbers of particles in the
examined solutions were found at constant experimental
conditions. In Figure 3 the relative numbers of particles
grown in the presence of 10 and 20 ppm of poly(vinyl sulfo-
nate) are shown. The broken lines of some parts of the
curves intend to show that in these regions the determined
values are widely scattered. However, both from the trends
of the broken lines and of unbroken lines which represent
the number of particles within a narrow range of deviation,
it is clearly evident that the number of particles in the 20
ppm poly(vinyl sulfonate) is, at any given time, higher than
their number in the 10 ppm solution. The same results
were obtained for both 0.0168 and 0.0156 M strontium sul-
fate solutions.

The proposed heterogeneous-nucleation-on-macromolee-
ules approach simply predicts that the number of crystals
in the 20 ppm poly(vinyl sulfonate) solution will be greater
by a factor of 2 than their number in the 10 ppm solution.

The number of particles in the solution, according to
Figure 3, decreases with time. This may be due to partial
coagulation, or to the completion of Ostwald ripening.7 The
coagulated particles, which suddenly become relatively
large, are swept by sedimentation, and on their way down
they may give sharp signals, thus both raising the average
value of the diameters’ sizes and increasing the uncertainty
pertaining to the diameters’ sizes in the late part of the
process (see the scattering of results in Figures 1and 2).

In the solutions employed there is, after mixing, an ex-
cess of about 2.7 mg of strontium sulfate per milliliter. The
diameter of a strontium sulfate particle in the beginning of
the process is about 0.1 n. The volume of such a particle is
5.24 X 10~4m3 and its weight is 2.1 X 10-12 mg, taking into
account the specific gravity of the bulk strontium sulfate
mineral which is 3.96. If all the excess solute was distribut-
ed on the available nucleation sites and all the particles
reached, after 1 min, the 0.1-fi diameter size, their number
should have been 1.3 X 1012 If only a part of this number
of particles reached the 0.1-n diameter size, the rest of
them would be smaller than 0.1-m and their total number
would be larger than 1.3 X 1012 Particles smaller than
0.1+u are undetectable. The smallest particles would dis-
solve later on, nurturing the biggest particles present, thus
completing the Ostwald ripening process and accounting
for the gradual increase of the visible precipitate and for
the decrease of the number of particles.

The concentration of 20 ppm poly(vinyl sulfonate) of
17 000 molecular weight corresponds to a 1.18 X 10~6 M
concentration or to [(1.18 X 10-6) (6 X 1023)]/103 = 6 X
1014 molecules per milliliter. Thus 10 ppm corresponds to

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976

Sara Sarig and Ofra Ginio

Figure 3. Relative number of particles in 0.0168 M strontium sulfate
solution vs. time with admixture of 10 ppm (curve E) and 20 ppm
(curve F) polyfvinyl sulfonate).

the concentration of 3 X 1014 molecules per milliliter. This
means that there are enough available microsubstrates to
act as nucleation centers in the system.

On the other hand, the possibility exists that the poly-
mer molecules, which are 100-fold more numerous than the
0.1-n sized particles, will adsorb on the particles and retard
both Ostwald ripening and coagulation.

The retardation-through-adsorption theory has two im-
portant facets: the adsorption of ionic impurities on the
critical or subcritical nuclei and the adsorption of surface
active agents on grown crystallites with already developed
crystal faces. Regrettably, these two approaches are often
confused.

Simple arithmetic can show that the concept of retarda-
tion of growth of subcritical nuclei is unrealistic. A critical
nucleus of strontium sulfate Is thought to contain 35 ion
pairs,8 and the molarity of 20 ppm poly(vinyl sulfonate) is
1.18 X 10~6. This means that the molarity of the inactivat-
ed strontium sulfate would be 4.13 X 10-5 M, a mere
0.246% of the 1.68 X 10-2 M concentration and 0.265% of
the 1.58 X 10~2M concentration. The fundamental fact of
precipitation retardation, in the first place, cannot be ex-
plained by the mechanism of adsorption on nuclei. Second-
ly, the very insignificant difference between the inactiva-
tion of 0.246% of the solute excess by 20 ppm poly(vinyl
sulfonate) solution and the 0.123% inactivation in the 10
ppm solution cannot explain the consistent differences be-
tween the sizes and the numbers of the particles in the re-
spective solutions.

The second mechanism, which envisages termination of
growth of adult crystallites, could not be as easily dis-
proved as the first one. It is well known that surface active
agents can retard the precipitation of sparingly soluble
salts. It is also known that such agents can adsorb on a
crystallite only after crystallographic faces have been de-
veloped, i.e., after the crystals are relatively large. In order
to refute the possibility that this was the controlling mech-
anism of retardation, in this case the presented system
should have been thoroughly examined to decide whether
the experimental data can be explained by retardation-
through-adsorption on growth sites at some stage of the
crystallization process. This would mean that the macro-
molecule should patiently wait until a crystal first nu-
cleates on a rare and noncharged substrate, then wait until
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the crystal subsequently grows to a certain size, and only at
this stage block the growth sites.

The retardation-through-adsorption mechanism has,
however, one straightforward attractive feature. It states
that in the absence of the additive we have immediate
heavy precipitation, but in the presence of the additive the
precipitation is retarded; the inhibition of growth is caused
by the adsorption of the additive on the crystallites while
they are very small. How is this basic fact of precipitation
retardation to be explained by the presented mechanism of
nucleation on microsubstrates?

It has already been mentioned that the employed solu-
tions were 18- and 19-fold supersaturated. It was shown
that only at very special conditions of fast mixing and at
supersaturations of 100 and higher, true homogeneous nu-
cleation of strontium sulfate can occur in solution.8 The
heterogeneous nuclei are formed on the walls of the con-
tainer, on stray specks of dust, and on occasional unspeci-
fied impurities. The number of heterogeneous nuclei is
usually in the range of 107- 109ml in clean solutions. If this
is the number of nuclei formed in the first second, they can
nurture on all the available excess of solute and, in the pre-
sented system, reach the ultimate weights of 2.7 X 10~7 to
2.7 X 10~9 mg. However if 6 X 1014 suitable microsub-
strates per milliliter are introduced the excess of solute will
be nearly equally distributed and the crystallites formed of
45 X 1(T13 mg average weight and about 0.06-m diameter
will be too small to precipitate or to be detected. Only after
a period necessary for partial coagulation and Ostwald rip-
ening can regular precipitation take place. This delay con-
stitutes the retardation effect in the presence of microsub-
strates.

When microsubstrates are introduced to a system, the
ordinary heterogeneous nucleation process evidently
breaks down. It may be the sheer effect of quantities: the
107- 109 centers per milliliter are negligible when compared
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to 1014 likely nucleation centers. The other possibility is
that the ordinary nucleation centers are rendered inactive
by association with the artificially introduced effective mi-
crosubstrates.

Poly(vinyl sulfonate) polymers are especially suited to
act as microsubstrates for strontium sulfate. The polymer
has negatively charged functional groups 0 4-0.5 nm apart
on the free flexing chain. The intercationic distances in
strontium sulfate are 0.435 nm, and this makes the two
substances an almost perfect match.

The light scattering technique enables us to simulta-
neously determine the diameter of a particle and the rela-
tive number of particles in a solution. However even this
powerful tool does not overcome the basic difficulty of nu-
cleation research: the crystallites are measured and count-
ed after a period of time which is infinitely long when relat-
ed to nucleation events. Investigators of nucleation in solu-
tions usually draw their conclusions about the nucleation
events from the analysis of the precipitate. Investigation of
particles in the solution in which they were born and con-
tinue to grow is a distinct improvement on the “post-mor-
tem” technique.
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The uv spectra of complexes formed by pyridine 1-oxide with carboxylic and sulfonic acids of various
strengths are not combinations of the spectra of the protonated and the unprotonated base. Rather, the
complexes with acids of intermediate strength show bands in intermediate positions. Neitner fully proton-
ated nor unprotonated base is present. Instead, these complexes have two partial O-H bonds, the relative
strength of which varies continuously with the strength of the acid.

There are a considerable number of solids now known to
contain hydrogen bonds in which two basic oxygens are
2.5-2.4-A apart.2 X-Ray and neutron diffraction studies of
these substances suggest that the hydrogen is either cen-
trally located between the two oxygens or else oscillates

rapidly between positions only slightly displaced from the
center. In solution, on the other hand, as judged by their uv
spectra, hydrogen-bonded substances appear to be mix-
tures of tautomers in which the hydrogen is localized near
one or the other of the two basic atoms,34 as shown ineq 1.
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A--HB+ @
The rate constant for the interconversion of the tautomers
appears to be below 1011 s-1 when the equilibrium constant
is of the order of unity.3 This implies that a barrier to pro-
ton transfer of at least 2 kcal mol-1 exists, which would be
hard to reconcile with the crystallographic evidence cited
above. There are, however, several differences between the
two kinds of compounds. Most of the solids in which the
hydrogens are centrally located are chemically symmetrical
or nearly so,5while A and B are quite different in the tau-
tomeric cases. Most of the centrosymmetric cases involve
only oxygens as the basic atoms, while one nitrogen is in-
volved in each of the tautomeric equilibria. Finally, the hy-
drogen, conceivably, might be “centralized” by crystal forc-
es in the solids.

The present paper describes the uv spectra of hydrogen-
bonded complexes of the type 1, where A is a carboxylate or
sulfonate ion, in tetrahydrothiophenedioxide (sulfolane) as
solvent.

©N-0-H'-A

Experimental Section

Sulfolane, pyridine 1-oxide, DMSO, and the various
acids were all purchased from standard sources and puri-
fied by distillation. They had appropriate boiling points, ir
spectra, and NMR spectra. The various complexes needed
for uv spectra were formed by dissolving appropriate quan-
tities of pyridine 1-oxide and an acid in sulfolane. The uv
spectra of the complexes were obtained from thin films of
sulfolane solutions between sapphire plates. The thickness
of the films was deduced from the ir intensity of one of the
C-H stretching bands of the sulfolane. (Sapphire is trans-
parent in the ir down to ~2200 cm-1.) The intensity of this
band was previously measured in a conventional ir cell of
known path length. The uv spectra were determined with a
Beckman DK-2 spectrophotometer which was calibrated
with a benzene solution in hexane. Only air was in the ref-
erence beam. The uv spectrum of pure sulfolane was deter-
mined in the same way and showed no significant absorp-
tions.

Results

The uv spectra of pyridine 1l-oxide and its complexes
with a series of acids of varying strength are shown in Fig-
ure 1 In Figure 2 is shown the spectrum of a solution con-
taining a twofold molar excess of pyridine 1-oxide over tri-
fluoromethanesulfonic acid.

Discussion

The ir spectra and freezing point depressions of solutions
such as these show that they do, indeed, contain 1:1 hydro-
gen-bonded complexes which are not further aggregated.68
The freezing point depressions in sulfolane preclude fur-
ther aggregation.B' The formation of symmetrical ions, as
shown in eq 2, has been suggested,910and is not precluded

2AH + 2B * AHA“ + BHB+ @

by the freezing points if the ions dissociate. However,
tetramethylammonium bis(trifluoro)acetate, which neces-
sarily contains the same anion as the product in eq 2, shows
two bands in the carbonyl region, at 1795 and 1740 cm- 1.8
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Figure 1. Uv spectra of pyridine 1l-oxide and a series of its com-
plexes with carboxylic and sulfonic acids in sulfolane solution: curve
A is for 0.081 M pyridine 1-oxide, path length, 5.01 jim; curve B, for
0.065 M complex with CH3COOH, path length 6.15 fim; curve C, for
0.076 M complex with CHCI2COOH, path length 6.73 /im; curve D,
for 0.101 M complex with CF3COOH, path length 14.0 ¢¢m; curve E,
0.151 M complex with CH3S020H, path length 8.87 ~m; curve F,
0.093 M complex with CF3S020H, path length 14.3 jum. The pro-
gressive blue shift of the charge transfer band is indicated by - H
the location of the benzenoid band by ------. Because both the con-
centration and the path length were variable, the molar absorptivi-
ties, A/cl, are indicated at one or more points on each spectrum to
make a comparison of intensities easier.

X (urn)

Figure 2. The uv spectrum generated by a solution of 0.148 M pyri-
dine 1-oxide and 0.074 M CF3S020H, in sulfolane. The path length is
5.91 /am. The molar absorptivity is indicated.

The trifluoroacetic acid complex of pyridine 1-oxide shows
only one, at 1780 cm-1.8 Moreover, the structure of the
crystalline complex of trichloroacetic acid with pyridine 1-
oxide has been determined by x-ray crystallography, and it
is not that of the symmetrical ions but rather that of the
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simple binary complex, 1.5 The uv spectra shown in Figures
1 and 2 further support this view. The spectrum shown in
Figure 2, generated by a solution containing 2 mol of pyri-
dine 1-oxide for each mole of trifluoromethanesulfonic
acid, is clearly not the sum of the spectra of the base and
the protonated base, in equal proportions or in any other
proportions. In view of the strong tendency of pyridine 1-
oxide to form hydrogen bonds,11'12 it is, almost certainly,
the spectrum of the BHB+ ion or the BHB+-A~ ion pair.
Each 1:1 complex has its own spectrum, all of which are
different from the spectrum of the BHB+ ion. These obser-
vations sustain no doubt that we are dealing with com-
plexes of structure 1.

The acid dissociation constant of protonated pyridine 1-
oxide in water is about 0.1.13 Since trifluoromethanesulfon-
ic acid is one of the strongest acids known, largely ionized
even in very weakly basic solvents,14 its complex with pyri-
dine 1-oxide should be completely ionized. Confirming this,
the uv spectrum of the complex is very similar to that of
the base in 1 M aqueous perchloric acid. The acetic acid
complex, on the other hand, has a uv spectrum almost
identical with that of the uncomplexed base, so that it must
be entirely un-ionized. For the acids of intermediate
strength the uv spectra shown in Figures 1 and 2 are in-
compatible with the formulation of the complexes as sys-
tems in tautomeric equilibrium. It should be possible to ap-
proximate the spectrum of a mixture by making a linear
combination of the spectra of its constituents. Such ap-
proximations fail entirely for the spectra shown in Figures
1 and 2. Rather, the strong band found at 280 nm in the un-
complexed and acetic-acid-complexed pyridine 1-oxide is
steadily blue-shifted by the stronger acids till it reaches
220 nm in the complex with trifluoromethanesulfonic acid.
It is also somewhat diminished in intensity. A band found
at 217 nm in the uncomplexed base is also blue-shifted by
complexing and disappears from the accessible region of
the spectrum for acids stronger than dichloroacetic. In the
complexes with the stronger acids a new band, of lower in-
tensity, at 258 nm, is exposed. The band found at 280 nm
in the uncomplexed base is due to a transition from an or-
bital of it symmetry largely localized on oxygen to a itorbit-
al spread over the ring,15-17 describable as a charge transfer
band. The band at 258 nm is present in benzene and all its
derivatives.-8 It is due to a 'B2W  'Ag transition in ben-
zene. It is never very strong and its position is rather insen-
sitive to substitution in the aromatic ring.18 In the present
case its intensity appears to increase with the strength of
the acid. The progressive blue shift of the charge transfer
band with the strengthening of the acid indicates a pro-
gressive strengthening of the interaction of the electrons of
the oxygen with the proton, so that the exitation of one of
them to a more remote orbital requires progressively more
energy. A coordinated weakening of the H-A bond is im-
plied.

These results do not indicate whether there is one or two
minima between the two basic oxygens in the potential
function for the hydrogen. However, if there are two, the
residence time of the hydrogen in one of them can be no
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more than about 10“ 15 s.19 Such a residence time is of no
chemical significance. If there is a double minimum poten-
tial function, the barrier between the two minima must lie
almost entirely below the first allowed vibrational level.
This result is entirely consistent with Speakman’s view of
the hydrogenic potential function in symmetrical ions hav-
ing “class A” structures.2 It shows that such potential func-
tions require neither exact chemical symmetry nor the
crystalline state. Previous observations of "automeric mix-
tures in solution34 must be related to other structural fea-
tures; quite possibly to the replacement of one of the oxy-
gens by nitrogen.

These results are inconsistent with a previously held
view2021 that the very broad, hydrogenic vibrational spec-
trum which such complexes generate reflects exchange
broadening. It has been suggested22 that proton transfer to
electron pairs in delocalized orbitals is generally slow. The
photoelectron spectrum of pyridine 1-oxide,16'17 the crystal
structure of its trichloroacetic acid adduct,5and the inten-
sity of the charge transfer band all show that the electron
pair which accepts the proton in the present case is of it
symmetry. While this orbital is concentrated on oxygen, it
has a very substantial admixture of carbon and nitrogen
2p T orbitals.17 Since there is no chemically significant bar-
rier to proton transfer at all in the present case, a localized
acceptor orbital cannot be a necessary condition for fast
proton transfer reactions.

It may be of interest to note that the species described in
this paper are analogous to “nonclassical ions”.23
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Measurements of the surface acidity of Y zeolites containing Na, K, Ca, Sr, La, and Gd ions have been car-
ried out by means of amine titrations, observing the color change of adsorbed Hammett indicators in the
HO range +6.8 to —8.2 in benzene solution. A good correlation between the acid strength and physical pa-
rameters (e/r ratios) of the cations in 86% exchanged Y zeolites was detected. While a completely K ex-
changed Y zeolite had no observable acidity, La and Gd exchanged species exhibited strong acidity even at
lower degrees of exchange. Zeolites containing alkaline earth ions had the same acidity as NaY in the range
0-55% exchange, indicating that the alkaline earth cations were in inaccessible sites. Lanthanum ion ex-
changed forms showed a marked rise in acidity at higher degrees of exchange, evidently due to partial mi-
gration of La ions into Si sites. Acidic centers in the zeolite examined were presumed to be mainly Bronst-
ed, but, on the basis of the results, Lewis and cationic centers also have to be considered.

Introduction

It has become obvious in recent years that in many cata-
lytic reactions acidic centers on the catalyst surface play an
important role. Especially for cracking, isomerization, al-
kylation, alcohol dehydration, and polymerization consid-
erable surface acidity is necessary.1-3

The great acidity and catalytic activity of some cation-
exchanged zeolites, mainly faujasites and mordenites, have
made them of great importance to the petroleum industry.
In a number of publications, and especially in those where
infrared spectroscopy has been used, different types of
acidic centers (Bronsted and Lewis) and total acidity have
been correlated with the type of exchanged cation, the sili-
ca to alumina ratio, and different pretreatment condi-
tions.45 On the other hand, less attention has been paid to
the acidity of zeolites by means of titration with a base in
nonaqueous solutions.

The aim of the present work was, therefore, to examine
the influence of the type of exchanged cation, degree of ex-
change, and pretreatment temperatures on the surface
acidity of a synthetic faujasite, type Y. For this purpose a
SK-40 molecular sieve was exchanged with different
charged cations of approximately the same cation radius,
e.g., K (1.33 A), Ca (0.99 A), La (1.016 A), and Gd (0.938 A).
The resulting changes in acidity were related to the original
sodium containing material.

Method. The acidity was determined by the microtitra-
tion method with n-butylamine as described by Benesi6
and Johnson7 using the color changes of adsorbed Ham-
mett indicators.8 Surface acidity is thus expressed by the
Hammett and Deyrup HOfunction,8with

Ho= - log [gh+(/b//bh+)]

an+ in this equation expresses the proton activity of the
solid acid, and fa and / bh+give the activity coefficients of
the basic and acidic form of the adsorbed indicators.

As Walling9 has pointed out, color changes of adsorbed
indicators are not and cannot be strictly assigned to a pro-
ton-donating process, since, depending on the material,
Lewis (electron accepting) centers also play a role in form-
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ing a colored complex with Hammett indicators. In this
case the Hammett function is expressed by9

HO= -log [oa(/b//ab)]

with aa being the activity of the Lewis acid, fa and /ab
being the activity coefficients of the indicator base and the
complex formed with the Lewis acid, respectively. It can be
assumed, therefore, that with zeolites centers other than
Bronsted sites, Lewis centers (tricoordinated aluminum) or
the cations themselves can also take part in producing the
acidic color of the indicator. This will be discugsed later.

Experimental Section 4

Material. The Y zeolite used was a SK-40 molecular
sieve from Union Carbide. The material was sieved and
washed thoroughly several times with deionized water until
no more sodium ions could be detected in the washing
water. Afterwards the zeolite was exchanged twice with 1 N
NaCl solutions, washed free of chloride ions, and dried
under vacuum (10“2Torr) at 200-220°C.

The cake so obtained was ground and, after repeated
drying under the same conditions, stored in a desiccator
over saturated NHA4CI solution (79.4% relative humidity at
22-23°C). A constant moisture content of 25.9 wt % could
be obtained after storage for 1 week.

The chemical analysis of the pretreated material gave
the following: Na (10.09%), Al (11.84%), and Si (29.93%) or
Na20 (13.60%), A120 3 (22.37%), Si02 (64.03%), with Si02
A1203 = 4.84 or Si/Al = 243 according to formula
N a56A156S 1360384

lon Exchange. In order to exchange sodium the zeolites
were placed in contact with the appropriate aqueous solu-
tions of metal chlorides in polyethylene bottles in a ther-
mostated bath at 25 + 0.1°C for 24 h to obtain exchange
equilibrium. The concentrations of the salt solutions were
chosen in such a way that the normality of the solution was
equal to the equivalent ratio of the exchanging ion to sodi-
um in the zeolite. So 18.885 g of the water containing zeo-
lite (25.9% H20) was contacted with 66 ml of the 0.25, 0.5,
1.0, 15, 2.0, 2.5, 3.0, 3.5,... 5.0 N solutions of the chlorides,
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whereby these concentrations equally expressed the equiv-
alent ratio of the exchangeable ion relatively to the sodium
in the zeolite (Me+/Na+ ratio). All solutions were checked
for their salt concentrations by chloride titration. After
equilibrium was reached, the phases were separated by fil-
tration and the zeolite washed free of adsorbed chloride
with deionized water. The extent of exchange was deter-
mined by atomic absorption of the sodium ions in the solu-
tion after equilibrium, considering the Na and moisture
content of the starting material.

Since the majority of cations do not enter the sodalite
cages of the zeolite during exchange at 25°C, some ex-
changes have been performed at 60°C with 2 N salt solu-
tions, twice repeated (with exception of gadolinium; once
only, 1 N solution at 100°C).

Zeolite Pretreatment. Before measuring the acid
strength the zeolites were calcined under vacuum (10~2
Torr) at 250°C and further treated in a muffle oven in the
temperature range 350-500°C, raising the temperature
every hour by 50°C. At 500°C the temperature was held for
3 h. According to TGA measurements all physisorbed water
was eliminated from the zeolite by this process.

Acid Strength Measurement. The titration of acid
strength was determined according to Benesi6 and John-
son.7 Calcined zeolite (0.1 g) was weighed in test tubes
(7-ml screw cap septum vials, Pierce Chem. Corp.), recal-
cined after the weighing process under the same conditions
described above, and stored in a desiccator. To 'he cool
probes 5 ml of dry benzene (analytical grade, redistilled
and stored over Molecular Sieve 3A) was added. After-
wards 3 drops of 0.1% solutions of the indicators in dry
benzene was added and the adsorption process accelerated
by immersing the sealed test tubes in a water filled ultra-
sonic tank. This process was found to accelerate the ad-
sorption process of the indicators considerably. Time of ad-
sorption depended strongly on the indicator used as well as
on the type of*exchanged ion and the degree of exchange.
In the case of strong acidic zeolites adsorption times of up
to 3 days were necessary until equilibrium has been
reached.

The titration was carried out in two steps. First n-butyl-
amine (0.1 N) was added in 0.1-ml amounts to a number of
vials. The color changes were observed visually after the
n-butylamine had come into equilibrium with the indica-
tors. The approximate range of the color change could be
determined in this way. The final point was reached by
adding the butylamine titer in 0.01-ml steps to a new series
of catalyst samples in the approximate range of the end
point. Time of neutralization varied with the acidity of the
zeolite and the indicator.

The titrations were performed with a microburet (Buret
Type A, Kimble Corp.), containing a needle point to pierce
the sealed caps of the test tubes in order to avoid air mois-
ture. With this procedure roughly 10-15 g of zeolite was
necessary per indicator.

Indicators. All indicators were Eastman Kodak prod-
ucts, used without further purification and dissolved in
dry, redistilled benzene of analytical grade. In Table | the
indicators used are listed, together with their color changes,
pKa's, and corresponding sulfuric acid composition, as de-
termined experimentally by Hammett and Deyrup.8

In the cases of neutral red and 4-(p-ethoxyphenylazo)-
m-phenylenediamine, which were only available in form of
their hydrochloride salts, the indicator bases were obtained
by precipitation of their aqueous solutions with 0.1 N
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NaOH, filtration, and careful drying unde' vacuum. The
pKa's were taken from the literature.36

Neutral red deserves to be mentioned here since the neu-
tralization reaction using this indicator was problematic in
cases of high acidic zeolites. End points could only be de-
termined after a neutralization time of up to 1 week, since
the indicator was found to be strongly adsorbed. In con-
trast to zeolites, these difficulties were not observed with
silica-alumina in our laboratories. With all other indicators
titrations could be performed easily.

Results and Discussion

A. lon Exchange. Figures 1 and 2 show the ion exchange
isotherms as determined for the exchange Na —»K, Ca, Sr,
La, Gd in the range of 0-5 equiv Men+/Na+.

Table 11 gives the relative selectivity coefficients for the
exchange of a given ion pair as calculated by the formula
Ks= (Xacb)/(A hca) from results obtained experimentally.
X aand X Bare the ion fractions of the cations in the crys-
tal (X X 100 = percent exchange) at equilibrium and ca/cb
gives the equivalent ratio of [Na]zet>i;te:[lion]soin before ion
exchange. The constants are salt concentration dependent.

The ion exchange selectivity in the SX-40 zeolite is
therefore Gd > Ca, Sr > La > Na > K. T_iis sequence is,
with the exception of La, in accordance with the exchange
selectivity expected on a thermodynamic basislO in the
range of low concentrations with nearly ideal exchange be-
havior. Figures 1 and 2 further show that the exchange
possibilities for Sr, Ca, La, and Gd at 25°C have a limit
even when the salt concentrations of exchangeable ions be-
come very high. Table Il gives the values obtained for
maximum exchanges at different temperatures. The values
for the exchanges at 25°C are in very good agreement with
the results obtained by Sherryll for Ca and Sr and for La.12
Exchanges with gadolinium have not been reported in liter-
ature. Due to its lower cation radius a higher degree of ex-
change should result as in the case of La. This was not ob-
served, probably due to hydrolysis of GACI3 at higher salt
concentrations.

At a 25°C exchange the solvated Ca, Sr, La, and Gd ions
therefore cannot enter the small cages, which are equiva-
lent to the Sj sites as defined by Breck.13 The explanation
of this phenomenon as given by Sherryl0 lies in a stripping
effect of those solvated ions whereby large hydration radii
as well as high hydration enthalpies prohibit entrance
through the 2.2-A windows of the sodalite cages.

Raising the temperature of the exchange system allows
an easy 100% exchange with K, in accordance with the lit-
erature,14 while the higher charged ions show difficulties in
entering the small pores. As reported by Sherry,12 100% ex-
change with La was only possible after a 47-day treatment
at 100°C.

B. Acidity. Table IV gives the zeolites used for acidity
measurements after a calcination temperature of 500°C.
The table includes total acidity as approximately calculat-
ed from the results obtained.

Acidity of K-Y. The acidity distribution of different K
exchanged Y zeolites is shown in Figure 3. It is clear from
this distribution that with rising K exchange the surface
acidity becomes lower until at a 100% exchange no more
acidic function of the zeolite is observable. In Figure 4 the
correlation between degree of ion exchange and butylamine
titers at Ho + 6.8 and +4.0 are shown. The curve at HO+ 6.8
bends sharply down at about 85% K exchange, which could
be explained by the complete filling of Si and So sites
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TABLE 1: Indicators for Determining Acid Strength

Color
Indicator Basic Acidic pAa Wt % HjS04a
Neutral red Yellow Red +6.8 8X 10-8
-I-(p-Ethoxyphenylazo)-
m-phenylenediamine Yellow Red +5.0
4-Phenvlazo-I-
naphthvlamine Yellow Red +4.0 5x 10 5
4-o-Tolylazo-o-toluidin Yellow Red +2.0 5x 10"1
4-Phenvlazodiphenvl-
amine Yellow Purple +1.5 2 X 10~2
2-Nitrodiphenvlamine Orange Purple —2.1
Dicinnamalacetone Yellow Red —3.0 48
Chalcone Colorless Yellow -5.6 71
Anthraquinone Colorless Yellow -8.2 90
a Reference 3.
TABLE I1: Selectivity of Exchange Ks = (XAcg )/(XBcA)
B= Na B = Na B= Na B = Na
CA A=K A = Ca,Sr A= La A =Gd
0.125 1.0600
0.25 0.6014 1.0709 0.8739 1.2018
0.3 0.5747 1.157 0.9424
0.5 0.6164 1.3915 1.2415 1.4632
TABLE I1I: Maximum lon Exchange in SK-40
Molecular Sieve
Exchange
lon T,;C ca,N Time, h %
K 25 5.0 24 78.64
Ca 25 3.0 24 70.05
Sr 25 5.0 24 70.05
La 25 3.0 24 68.73
Gd 25 2.0 24 61.64
Figure 1. Sodium exchange in SK-40 molecular sieve with N normal K 60 20 24 repeated 100.00
solutions of KCI, SrCL, and CaCL at 25°C (24 h). Ca 60 2'0 24 repeated 86.14
Sr 60 2.0 24 repeated 86.14
La 60 2.0 24 repeated 76.90
Gd 100 1.0 24 75.00
EY (85.8% theoretically). Completing the exchange (at 100%)
eliminates all detectable acidic functions in the zeolite. K
therefore can be considered as a typical catalyst poison as
has been described by Danforth.15 Catalytic reactions with
K exchanged zeolites thus cannot include carbonium ion
mechanisms in which an acidic surface is considered to be
necessary. In investigating the condensation reactions of
toluene and methanol at about 500°C, Sidorenko et al.16
describe preliminary styrene and ethylbenzene formation
with K exchanged X and Y zeolites that is typical of a radi-
cal process.17
Acidity of Sr-Y. In changing sodium against strontium
no change in acidity occurs until the degree of exchange
reaches approximately 55%. Figure 5 shows the acidity dis-
tributions in Ho range from +6.8 to -5.6 for various Sr ex-
changed Y zeolites. With rising degree of exchange, acidity
Equivolerts ()  (normality of solution) becomes considerably higher than that of NaY. Figure 6
N gives the correlation between the percentage of ion ex-
Figure 2. Sodium exchange in SK-40 molecular sieve with N normal change and butylamine titers. It can be clearly seen that
solutions of LaCI3and GdCI3at 25°C (24 h). the acidity of SrNaY is equal to that of NaY until 55% ex-
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TABLE 1V: Accumulated Acidities in lon Exchanged
SK-40 Molecular Sieves after Calcination at 500° C

Butylamine titer, mmol/g,

in H, range Total in

+6.8to +4.0to +1.5to +6.8 K
Y zeolite +4.0 +1.5 —56 <-5.6 56
Na 0.35 0.12 0.47
K13Nas/ 0.40 0.05 0.45
0.31 0.01 0.32
0.03 0.03
0.36 0.11 0.01 0.48
Sr50.9Na49,, 0.43 0.14 0.06 0.63

042 018 012 005 077

063 020 024 008 115
Sr&sNal38 060 022 020 038  1.40
Cal98Nagd5 0.35 011 001 001  0.48
nasooraa7s 038 019 008 005  0.60
Cati®MNax2 050 018 022 013  1.03
na7Qiraz s 048 021 027 021 117
~Nassoraizg 045 030 035 048 158
naitonagzy 030 020 017 003 070

027 017 023 005 072
Las®Nad55 049 023 028 010 110
Las.,Na3L3 043 010 036 034  1.23
Aa7697ap31 032 009 041 075 157
Gdx:,Nas9 037 006 013  0.09 0.5

050 013 017 020  1.00
Gdsz.oNa&s 041 021 027 041  1.30
GdéL5Na®s5 038  0.15 037 048  1.38

Figure 3. Acidity distribution in KNaY zeolites.

change, above which a sharp rise in acidity occurs. Strong
acidic centers are formed at exchanges greater than 70%
which must be consistent with the occupation of Sm sites.
Since surface acidity shows no difference between NaY
until 55% exchange, the strontium ions first fill up the Si
sites of the zeolite. However one has to consider that the
exchange procedure has been carried out at 25°C where
SragR+ cannot enter the sodalite cages. A strontium ion mi-
gration during the calcination process therefore must have
occurred, indicating the strong preference of alkaline earth
ions for these sites.

Acidity of Ca-Y. Calcium exchanged SK-40 has a very
similar behavior to the strontium one. Figure 7 gives the
acidity distribution for the Ca exchanged zeolites. Again in
the lower range of Ca exchange no difference in the acidity
compared with NaY is observable (curve 2 in Figure 7).
Figure 8 shows a sharp rise in acidity at exchanges greater
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121 K-No-Y
Correlation between
Surface Acidity and
Cation Exchange

Figure 4. Comparison between milliequivalents of butylamine at HO
+ 6.8 and +4.0 with degree of cation exchange ir KNaY zeolite.

Figure 5. Acidity distribution in SrNaY zeolites.

than 50%. Compared with SrNaY, CaNaY gives greater
surface acidity. Strong acidic centers (Ho < —5.6) already
become evident at exchanges greater than 20% (Figure 8).
As in the case of SrY the calcium ions must have migrated
into Si positions during the calcination process.

The observation that alkaline earth ions in Si positions
do not show much acidic function has been reported on dif-
ferent occasions in the literature. In infrared investigations
Ward18,19 describes no observable acidity in Me2+HY zeo-
lites in the exchange range 35-55%. Similarly in o-xylol
isomerization at 260°C these zeolites showed no acidity.
Rouse and Stone20 could not obtain any activity in n-bu-
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16 -

Figure 6. Comparison between milliequivalents of butylamine at HO
+6.8, +4.0, +1.5, and —5.6 with degree of exchange in SrNaY ze-
olite.

Figure 7. Acidity distribution in CaNaY zeolites.

tene isomerization until the exchange of Ca in CaNaY had
become greater than 50%. Tung and Mcininch2l describe
graphically that cracking and isomerization activity in
CaNayY are observed for exchange in excess of 60%. Tsutsu-
mi and Takahashi2 observed no change in electrostatic
fields of CaNaY zeolites, calculated from heats of immer-
sion in different organic solvents, until the degree of ex-
change became greater than 40%. In investigating the cata-
lytic activity of CaNaY zeolites with different Si/Al ratios,
the same activity as NaY in cumene cracking resulted in all
cases until the degree of Ca exchange reached 50%.23

All these cases show that Ca ions have a strong prefer-
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Figure 8. Comparison between milliequivalents of butylamine at HO
+6.8, +4.0, +1.5, and —5.6 with degree of exchange in CaNaY ze-
olite.

pKO Indicator (=Hol

Figure 9. Acidity distribution in LaNaY zeolites.

ence for Si sites which they tend to fill up completely. In
occupying these places the cations no longer exhibit any
catalytic effect.

Acidity of La-Y. Lanthanum exchanged Y zeolites be-
have differently. In Figure 9 the acidity distribution of
LaNaY zeolites is given. In contrast to SrNaY and CaNay,
LaNaY shows considerable acidity at very low degrees of
exchange. In Figure 10 the correlation between amount of
butylamine and cation exchange is given. A great number
of centers of middle (HO+1.5) and low (HO +4.0 and +6.8)
acidity is observable at small exchange levels. No sharp rise
at a 50% exchange is seen. Instead a strong enhancement of
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Figure 10. Comparison between milliequivalents of butylamine at HO
+6.8, +4.0, +1.5, and —5.6 with degree of exchange in LaNaY ze-

olite.

Figure 11. Acidity distribution in GdNaY zeolite.

acidity occurs at exchanges greater than 70%, when strong
acidic centers are formed. This fact must have its explana-
tion in a partial migration of lanthanum ions into Si sites
during the calcination process. Theoretically at 85.8% ex-
change all available Si sites could be occupied by La ions.
However Smith23 gives a cation distribution for two 75-
80% exchanged La faujasites, as calculated from x-ray data,
with 11.8 (11.7) in Si sites, 2.5 (2.5) in Si', and 1.5 (1.4) in
Sn after calcination at 420°C. This would be consistent
with about 70-72% lanthanum ions in Si places, indicating
the strong preference of trivalent ions to fill up the sodalite
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Figure 12. Comparison between milliequivalents of butylamine at HO
+6.8, +4.0, +1.5, and —5.6 with degree of exchange in GdNaY ze-
olite.

cages. Lanthanum ion migration during calcination process
has been reported by Bennett and Smith.2526 The partial
occupation of Si sites explains the higher acidity of LaNaY
at lower degrees of exchange. For purposes of catalyst prep-
aration lanthanum containing zeolites of greater than 70%
must be prepared in order to obtain strongly acidic materi-
al. Tsutsumi and Takahashi23 report a strong rise in cu-
mene cracking activity with LaNaY zeolites of exchanges
greater than 50%. lkemoto et al.,27 who examined surface
acidity of La-Y by means of butylamine titration, also ob-
served a strong rise in acidity at exchange levels greater
than 60%. In studying the isooctane cracking activity Balli-
vet et al.28 could not observe considerable changes in the
activity of LaNaY in the exchange range 20-71%.

Acidity of Gd-Y. The properties of gadolinium ex-
changed faujasites are not reported in the literature. Com-
paring the acidity distribution of GdNaY and LaNaY one
notes the higher values of Gd exchanged Y zeolite, especial-
ly in the range of high acidic centers (Figure 11). Figure 12
illustrates how considerable formation of strong acidic cen-
ters occurs even at low degrees of exchange. Gadolinium
exchanged faujasite does not show much marked change in
acidity with Jhe occupation of the zeolite lattice by cations
as the lanthanum forms. The bending of the acidity curves
in Ho ranges +1.5 and +4.0, as seen in Figure 12, indicates
that above about 55% Gd exchange acidity becomes more
significant. One suspects that Gd ions are occupying the Si
sites to a lesser extent than La ions, which is surprising
since Gd3+ has a lower cation radius than La3+. In repeat-
ing the calcination procedure at 500°C and above, we could
observe how the number of strong acidic centers dimin-
ished. After a temperature treatment of some days at
550°C a 75% exchanged Gd zeolite did not give any colora-
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Figure 13. Correlation between physical parameter €/r of the ex-
changed cation in Y zeolites of equal degree of exchange (86%)
and 500°C calcination temperature with the total acidity and amount

of strong acidic centers.

Figure 14. Dependence of titer (milllequivalents of butylamine/am) at
HO —5.6 vs. pretreatment temperature in LaNaY (76.90% ex-
change) and SrCaY (86.14% exchange): A LaNaY (1), O SrNaY (2),
« CaNayY (3).

tion with antraquinone. The gadolinium ions must have
migrated completely into Si sites after the rigorous temper-
ature treatment.

Conclusions

The examples described show clearly that in accordance
with the results of other and different physical methods the
distribution of the cations in the zeolite’s unit cell are of
importance for their acidic function. The detected changes
in acidity with the degree of exchange agree with the steric
arrangements of the cations as given by Breck.13 A cation
migration during the calcination process into Si sites must
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TABLE V: Total Acidities in lon Exchanged SK-40
Molecular Sieves after Calcination at 500° C

Total acidity, £ acidic centers/
Y zeolite mequiv butylamine/g g of zeolite
KaSNal4 0.26« 0.16 x 102
Sr&Nal4 1.40 0.84 x 102
CasNa, 4 1.58 0.95 x 102
La8Nal 1.90* 1.14 x 102
Gd&Nau 2.30* 1.38 x 102
Na 0.47 0.28 x 102

a Interpolated at pKa = +6.8. * Extrapolated at pK a =
+6.8.

be considered due to electrostatic, coordinative, and ener-
getical considerations and has often been reported in the
literature. With cations in Sn and Sm positions a strong en-
hancement of the acidity results, due to lower electrostatic
shielding2930 in these positions, and to the asymmetric
charge distributions caused by higher charged cations.

If this holds, a correlation between the physical parame-
ters of the cations with their acidic function in high ex-
changed zeolites must be detectable. A nearly linear rela-
tionship between the e/r ratios of the exchanged cations
and both the total acidities (maximum titer at Ho +6.8)
and the number of strong acidities could be found as shown
in Figure 13. The broken line in total acidity of Figure 13
indicates a marked loss of titer if the LaNaY and GdNaY
zeolites are precalcined at 500°C.

The nature of the active sites that can be Bronsted or
Lewis or the cations themselves has been intensively stud-
ied, especially by infrared techniques. Due to investigation
of the relations between acidity, the types of acidic centers,
and the pretreatment temperatures, as mainly carried out
by Ward,3 it is known that alkaline earth exchanged zeo-
lites show a maximum Bronsted acidity at about 450-
500°C calcination temperature. No Lewis acidity was de-
tectable in this temperature range. In contrast rare earth
exchanged zeolites are reported to exhibit Lewis acidity at
a 480°C pretreatment temperature.

In order to find a relation between surface acidity and
pretreatment temperature, the 500°C calcined zeolites
have been readsorbed with water by storing them in a des-
iccator over saturated NH4Cl, as described in the Experi-
mental Section, and after predrying under vacuum (10~2
Torr) at 200°C, calcining stepwise at different tempera-
tures in the range 250-650°C. Figure 14 shows the relation
of butylamine titer at pKa= —5.6 with calcination temper-
atures of the Sr and La exchanged zeolites. LaY and CaY
gave a similar picture. So CaY and SrY have maximum
acidity at 450 and 470°C, respectively, while LaY gave
maximum acidity at a 350°C calcination temperature pre-
treatment. This is in accordance with the findings of Ward3
but not with the results of Hopkins,3L who found maximum
catalytic activity of LaY and CaY at a 350°C calcination
temperature.

The titrated surface acidity in the zeolites by means of
Hammett indicators therefore must mainly consist of re-
versible Bronsted centers. Lewis centers and the cations
themselves must play an inferior role especially with the al-
kaline earth ions. However with rare earth exchanged zeo-
lites (LaNaY in Figure 14) one observes a high rest-acidity
of the zeolite even if the probe gets calcined up to 650°C.
This may be indicative that the cation itself plays an im-
portant role in formation of the acidic function.

Calculating the approximate sum of acidic centers as has
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been found in this work, by using maximum titers the re-
sults of Table V were obtained. As may be seen from Table
V and Figure 13, surface acidity in rare earth exchanged Y
zeolites is approximately twice that of alkaline earth ex-
changed ones. The scheme of formation of acidic centers, as
already proposed by Hall,32 considering the dissociative
power of the cation on chemisorbed water, with Me2+(OH2)
~ Me(OH)+ + H+ in production of Bronsted centers, ap-
plied in our case. The dehydration studies with RE-Y zeo-
lites, as shown in Figure 14, rather indicate that rare earth
ions tend to bind one molecule of water, as proposed by
Bolton.33

The relation of total to strong acidity in Me2+Y and
Me3+Y has found to be roughly 3:1, so that about 30% of all
acidic groups are strongly acidic, corresponding to >70 wt
% H2S504 (Figure 13).

The values obtained for the sum of acidic centers per
gram of zeolite (Table V) are higher than the values given
by Uytterhoeven et al.6 calculated from deuterium ex-
change reactions. This suggests that Lewis centers and cat-
ions are also involved in the adsorption of the Hammett in-
dicators, although to a lesser extent than Bronsted centers.
This already has been suggested by Walling,9 who mea-
sured surface acidity of diverse oxides and halides. Uv
spectroscopic studies of adsorbed azobenzene molecules on
500°C calcined X and Y zeolites as performed by Kiselev et
al.24 confirm this suspicion, since these authors observed
bands of the adsorbed species that have been attributed to
proton-donor as well as electron-acceptor acid centers. The
observation in the work described here, that adsorption
and neutralization kinetics of the different indicators, as
well as the visually observed color changes, differed some-
what with the type of exchanged cation, is in agreement
with this assumption.
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of the Pfeiffer Systems to lonic Surfactant Solutionsl
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The influence of some inorganic salts and lower alcohols (methanol to pentanol) was examined on the fol-
lowing Pfeiffer-active systems at 25°; [Zn(phen)3]S04-cZ-cinchonine hydrochloride and -/-strychnine hy-
drosulfate, [Zn(bpy)3]SO0 4-i/-cinchonine hydrochloride, and [Zn(phen)3]S04-ammonium d-a-bromocam-
phor-ir-sulfonate systems in water (phen = 1,10-phenanthroline and bpy = 2,2"-bipyridine). It was found
that, except for the last system, the logarithm of the Pfeiffer rotation «p changes linearly with the loga-
rithm of total counterion concentration Cj, apdecreases linearly with added alcohol concentration Ca, and
the logarithm of the rate of the decrease in avwith Ca is a linear function of the number of carbon atoms in
added alcohol molecules. These phenomena were interpreted to mean that added anions reduce the elec-
trostatic repulsion between [Zn(phen)3]2+ or [Zn(bpy)3]2+ and d-cinchoninium or Z-strychninium cation,
thereby enhancing the Pfeiffer effect, and that added alcohol molecules penetrate into the aggregates com-
posed of the above complex and chiral cations, thereby diminishing the Pfeiffer effect. It was proposed that
the complex must come into direct contact with the chiral environment compound to exhibit the Pfeiffer
effect. A close resemblance of the Pfeiffer systems to ionic surfactant solutions was also noted.

Introduction

The diastereomeric interaction between chiral com-
pounds has been one of the most fascinating subjects of sci-
entific study in chemistry.2 Among them, the Pfeiffer ef-
fect,3a change in optical activity of a solution containing a
chiral compound (called an environment compound), upon
addition of a racemic mixture of a labile dissymmetric com-
plex, is quite unique in that an enantiomerization of the
complex takes place in favor of either the dextro or levo en-
antiomers,4 depending on the spacial demand of the envi-
ronment compound."” This “equilibrium shift” (enantiom-
erization) is usually ascribed to the diastereomeric interac-
tion of the complex with the chiral environment compound.
However, the nature of the interaction is not yet clearly
elucidated. In particular, some authors3e67 have seemingly
perplexing difficulty in interpreting the fact that the Pfeif-
fer effect is observed even for the systems of the same
charge, such as the [Zn(phen)3]2+-/-stryH+ and -cZ-cin-
choH+ systems in water, despite the electrostatic repulsion
inevitably expected between them (phen = 1,10-phenan-
throline, Z-stryH+ = Z-strychninium, and d-cinchoH+ = d-
cinchoninium).

In our recent study on the Pfeiffer effect,89 it was found
that the addition of salts enhances the Pfeiffer effect to a
great extent in the [Zn(phen)3]2+-/-stryH+ system, and
that the Pfeiffer rotation ap3 is slightly but definitely
greater in D30 than in H2 (8% on an average) for the
[Zn(phen)3]2+-/-stryH+ and - ¢Z-BCS- systems (d-BCS~ =
;-«-bromocamphor---sulfonate). These findings led us to
propose that added anions reduce the electrostatic repul-
sion between [Zn(phen)3]2+ and Z-stryH+, thereby facilitat-
ing their diastereomeric interaction, and that even cationic
environment compounds can associate with the cationic
complex [Zn(phen)3]2+, through the hydrophobic bond-
ingl0just as ionic surfactant molecules can form “micelles”
against their mutual electrostatic repulsion. In this paper,
the influence of some inorganic salts and lower alcohols was
examined systematically on the Pfeiffer effect of the
[Zn(phen)3]2+-c/-cinchoH+, -Z-stryH+, and -cZ-BCS~, and
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the [Zn(bpy)3]2+-cZ-cinchoH+ systems in water (bpy =
2,2'-bipyridine) and the convincing evidence was presented
suggesting that the Pfeiffer systems bear a close resem-
blance to ionic surfactant solutions. Since the zinc complex
systems give an instantaneous Pfeiffer rotation, they are
well-suited to our purpose.

Experimental Section

Materials. Purity of commercially available Z-stryH-
05S04 and cZ-cinchoH-Cl was checked by both elemental
analysis and optical rotation measurements. NH4d-BCS
was prepared according to the method desfcribed by Kauff-
manll and its purity was also checked. The stock solution
of [Zn(phen)3]S04 or [Zn(bpy)3]S04 was prepared by di-
rectly dissolving ZnS04-7H2 and phen-H20 or bpy in a
mole ratio of 1:3 in water. Sample solutions were prepared
by diluting respective stock solutions appropriately in volu-
metric flasks (25 ml). To these solutions were added meth-
anol, ethanol, 1- and 2-propanol, 1- and 2-butanol, iso- and
ieri-butyl alcohol, 1-pentanol, NaCl, NaP, KC1, Na2S04,
and K2504, all of which were of reagent grade.

Optical Rotation Measurements. Optical rotations were
measured at 405 nm in a 5-cm cell with a Union-Giken
PM-71 polarimeter keptat 25 + 0.1°.

Results and Discussion

Influence of Added Salts. In Figure 1 is plotted the
Pfeiffer rotation ap, defined as the observed rotation of the
Pfeiffer system minus that of the chiral compound ae, vs.
the equivalent concentration of added salts for the
[Zn(phen)3]2+-/-stryH+ and -d-cinchoH+ systems in
water. Since ae changes slightly with the salt concentration,
the Op's plotted are all values corrected for small changes in
ae. It is seen that all salts examined enhance the Pfeiffer
effect to a great extent, and that anions are responsible for
the increase in ap, since the increment is dependent on the
kind of anions but not of cations. This is interpreted to
mean that added S042- or CI- ion effectively reduces the
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Figure 1. Plots of ap vs. equivalent concentration of added salts for
the [Zn(phen)3]2+ (0.01 M)-AstryH+ (0.01 M) and the [Zn(phen)3]2+
(0.015 M)-d-cinchoH+ (0.01 M) systems (large and small circles, re-
spectively). Open and filled circles refer to Na and K salts, respec-
tively.

electrostatic repulsion between [Zn(phen)J2+ and /-stryH+
or d-cinchoH+, thereby enhancing the Pfeiffer effect.

It is now well known that ionic surfactant molecules form
aggregates called “micelles” through hydrophobic bonding
against their mutual repulsion in water, and that the criti-
cal micelle concentration (cmc) is greatly influenced (low-
ered) by the addition of ions of the opposite charge to the
surfactant ion.12 This increased micelle stability is attrib-
uted to reduced electrostatic repulsion between surfactant
ions by added ions. Thus, it is fairly plausible for
[Zn(phen)s]2+ to form aggregates even with cationic envi-
ronment compounds to exhibit additional optical activity if
both cations bear hydrophobic character like surfactant
molecules and if the medium is water.11 Of course, the
structure of the aggregates will be such that their repulsive
force isa minimum.14

According to the theory for micelle formation,12 ;he loga-
rithm of the cmc changes linearly with the logarithm of the
total counterion concentration Cj, i.e.,

log cmc = —Kglog Cj + constant (1)

where Kgis the ratio of the number of counterions to sur-
factant ions in the micelle. Then, log apis plotted in Figure
2 against log G (Cj in equiv/l.) for the [Zn(phen)3]2+(-
stryH+ and -d-cinchoH+ systems, to which varying
amounts of Na2S0 4 were added. A satisfactorily linear rela-
tionshipi15 observed indicates that reduced electrostatic re-
pulsion by added S042- ion leads to an increase in the
number of the [Zn(phen)3p+ ions interacting with the
above chiral cation, the electrostatic repulsion between the
two cations which have already associated with each other
being unaffected. This will be further confirmed by exam-
ining the influence of added alcohols and salts on the Pfeif-
fer effect.

Salt effects on the [Zn(phen)3]2~-d-BCS_ system are, on
the other hand, quite different from those shown :n Figure
1. When NacCl or KC1 is added, oponly decreases with salt
concentration and ceases to decrease at high concentration,
while with NasSCU, KsSOa4, and NaF, ap at first decreases
but begins to increase beyond ca. 0.2 equiv/l, as seen in
Figure 3. Similar trends have been already found by Brast-
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Figure 2. Plots of logarithm of ap vs. logarithm of total equivalent
concentration of counterions. Open and filled circles correspond to
the [Zn(phen)3]2+ (0.01 M)-d-cinchoH+ (0.01 M) and the
[Zn(phen)3]2+ (0.015 M)-/-stryH+ (0.01 M) systems, respectively.
Their slopes are estimated to be 0.275 and 0.110, respectively by
the least-squares method.

Figure 3. Plots of gp vs. equivalent concentration of added salts for
the [Zn(phen)3]2+ (0.01 M)-d-BCS~ (0.02 M) system.

ed et al.;,c The first decrease is attributed to increased ionic
strength, since ion association between a caticn and an
anion becomes less extensive as the ionic strength is in-
creased according to a simple electrostatic theory.16 The
salt effect at high concentration is quite complicated and
needs further study. However, we feel that the increase in
Op by Na2504, K2504, and NaF is due to their local salting-
out effect,17 since these salts are all known to salt out usual
nonelectrolytes considerablyl8 and both the complex and
d-BCS~ bear somewhat nonelectrolytic character.

Influence of Added Alcohols on the Pfeiffer Effect of
the Same Charge. Table | lists the observed rotations at
405 nm of the Pfeiffer systems without added alcohols,
where Na"SO.; is added to some of the systems. Code num-
bers are attached to identify the systems. In Figures 4 and
5 is plotted tp as a function of molar concentration of
added alcohols Ca for the [Zn(phen):l]2+-d-cinchoH+ sys-
tems in water. Since ae is slightly affected by added alco-
hols, ap's plotted are all values corrected for small changes
in fte. Corresponding plots for the [Zn(phen)3]2+-/-stryH +
and the [Zn(bpy)3]2+-d-cinchoH+ systems are shown in
Figures 6 and 7, and 8, respectively. It is seen that ap de-
creases linearly with molar alcohol concentration Ca in all
systems, and that the greater the Pfeiffer rotation and the
longer the carbon chain in added alcohol molecules, the
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TABLE I: Observed Optical Rotations at 405 nm of the Pfeiffer Systems*

Code Racemic Environment
no. complex compd
[Zn(phen)3]S04 d-cinchoHCI
la 0.01 M 0.01 M
Ib 0.01 M 0.01 M
lc 0.01 M 0.01 M
Id 0.01 M 0.015 M
[Zn(phen)3]S04 i-stryH'0.5S04
2a 0.015 M 0.01 M
2b 0.015 M 0.01 M
[Zn(bpy)3]S04 d-cinchoHCI
3a 0.03 M 0.03 M
[Zniphen)3]S04 NH4d-BCS
4da 0.01 M 0.02 M

"Ina 5-cm cell at 25°. * In the presence of Na2S04.

Figure 4. Plots of ap as a function of molar concentration of added
alcohols (system 1l1a in Table I).

Figure 5. Plots of ap as a function of molar concentration of added
alcohols (system 1c in Table I).

steeper the slopes in these figures. These phenomena lead
us to suppose that a certain fraction of added alcohols pen-
etrates into the aggregates composed of the complex and
the chiral compound, thereby diminishing the Pfeiffer ef-
fect,19 i.e., added alcohols are distributed between water
and the aggregates. Here, we coin the word “ Pfeiffer oil” to
denote the aggregates mentioned above, by analogy with
surfactant micelles of oily character.

More than 20 years ago, Herzfeld et al.20 and Shinoda2t
found that the cmc of ionic surfactant solutions decreases
linearly with added alcohol concentration. Shinoda inter-
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Concn Rotation of

of added environment Obsd Pfeiffer

Na2s04, compd, rotation, rotation,

equiv/l. ae,deg "obsd » deg ap.,deg
0 +0.713 +0.326 —0.387
0.1 +0.706* +0.119 —0.587
0.2 +0.706* +0.037 -0.669
0 +1.116 +0.573 -0.543
0 -0.158 -0.509 -0.351
0.1 -0.153* —0.551 -0.398
0 +2.318 +1.980 -0.338
0 +0.971 +1.275 +0.304

Figure 6. Plots of apas a function of molar concentration of added
alcohols (system 2a in Table ).

Figure 7. Plots of ap as a function of molar concentration of added
alcohols (system 2b in Table 1).

preted the effect of added alcohols in terms of the penetra-
tion of alcohol molecules into the micelle2 and of the re-
sulting decrease in the free energy brought about by both
the entropy of mixing and the reduction of charge density
on the micelle surface.23 Thus, it seems appropriate to
apply similar treatments to the Pfeiffer systems, since the
complex and chiral ions must interact with each other
against their mutual repulsion like ionic sufactant mole-
cules.
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TABLE II: Derived Values of (dap/apdCA)aand (ciwCH2— copCH?2)
Pfeiffer system
) bpy-d-
phen—d-cinchoH phen--T stryH cinchoH

Added alcohol la Ib lc Id 2a 2b 3a
MeOH 9.13 x 10"2 9.04 x 10-2 9.07 X 10“2 9.52 X 10%“2* 6.56 X 102 6.73 X 10~2 0.163
EtOH 1.67 X 10" 1.73 x 10"1 1.78 x 10~> 1.77 X 10« 1.22 x 10~! 1.30-X 10-1 0.303
1-ProH 3.63 x 10"1 3.60 x 10“1 3.68 x 10“' 3.61 x 10"1 2.54 x 10" 2.55 X 10~* 0.542
2-PrOH 2.59 X 101 1.82 x 10"
1-BuOH 6.71 X HT1 6.62 x 10" 6.75 X 10_1 6.76 X 10“' 4.89 X 10'1  4.92 X 10" 0.904
2-BuOH 5.09 X 10’° 3.54 X 101
i-BUOH 5.72 X 101 3.99 x 10"1
f-BuOH 3.25 x 10“1 2.25 X 10"
1-PeOH 1.65
(COWCH2 — COpCH2)c 0.677RT 0.671RT 0.675RT 0.670RT 0.676RT 0.664AT 0.572RT

aSomewhat different from the values reported earlierlbecause of the correction for ae (see text). b Omitted in the calcu-

lation. ¢ Calculated using the values for normal alcohols only.

Figure 8. Plots of ap as a function of molar concentration of added
alcohols (system 3a in Table 1).

According to the regular solution theory developed by
Hildebrand,24 the chemical potential of the alcohol dis-
solved in water, ¢w, is expressed as

+ RT InXWT muNTR2+ uwt )

where symbols nf and x have their usual meanings,24 uwCH2
is the enthalpy change per CH2 group of the alcohcl mole-
cule on passing from the alcohol environment to water,
oAOH is the corresponding enthalpy change of the OH
group,25 and m is the number of carbon atoms in the alco-
hol molecule.26 Then, overall enthalpy change is expressed
in eq 2 as the sum of the contributions from CH2 and OH
groups instead of the solubility parameters generally used.
The corresponding chemical potential in the Pfeiffer oil,
UWp is expressed in a similar manner as

iip= + RT Inxp+ mup442+ wpHT E++ (3)

where upC#2 and upOH denote the corresponding enthalpy
changes from the alcohol environment to the Pfeiffer oil,
and E++ represents the electrostatic energy change upon
the penetration of the alcohol molecule into the Pfeiffer oil
with positive charges, and it is assumed to be independent
of m.2728 At distribution equilibrium, pp must be equal to
My Then, from eq 2and 3

In (Xp/xw) = m(omCH2 - UpCHI)/RT +
(UWOH - upOH)/FfT - E++/RT  (4)

m

Figure 9. Plots of log (dap/a pdCA) vs. the number of carbon atoms
m in added alcohol molecules. Open (system 3a) and filled (system
la) circles correspond to the left-hand scales. Small circes (system
2a) to the right-hand scales.

The molar alcohol concentration CA is sufficiently low
compared to that of water (55.5 M), and the amount of the
alcohol transferred to the Pfeiffer oil is at most equal to or
less than that of the complex or the environment com-
pound present. Then, the mole fraction of the alcohol in
water, xw, is approximated to ca/55.5. In addition, it is a
reasonable assumption that the concentration of the Pfeif-
fer oil is proportional to the magnitude of ap of the Pfeiffer
system without added alcohols, and that of the alcohol in
the Pfeiffer oil is, in turn, proportional to the change in ap
upon the addition of the alcohol. Then, the mole fraction of
the alcohol in the Pfeiffer oil, xp, is expressed as

xp K, dop/op (5)

where K, is a proportionality constant and dap is the de-
crease in ap when the added alcohol concentration is dCA
Substituting the above relations, eq 4 is rearranged into

In (dapap dCA) = m(uwe®2—gpCii2)/RT 'f-
lu044 - upOH)/fIT - E+IRT + Ci  (6)
where C; is a constant for a given Pfeiffer system. Equation

6 indicates that a linear relationship holds between the
guantity on the left-hand side of eq 6 and m.
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Figure 10. Energy diagram for the CH2 group in different environ-
ments.
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Figure 11. Plots of ap as a function of molar concentration of added
alcohols (system 4a in Table ).

In Table Il are listed the values of dap/apdCA, where the
code numbers correspond to those in Table I. It is seen that
for a given alcohol, the values of dap/ap dCa are almost
constant for a given system irrespective of the magnitude
of its Pfeiffer rotation. This fact means that added salts en-
hance the Pfeiffer effect with the term E++ unaffected, and
is consistent with our interpretation of the salt effect
shown in Figures 1 and 2. In Figure 9 are shown the plots of
log (dap/apdCA) vs. m for systems la, 2a, and 3a. It is seen
that a good linear relationship is observed.2 It should be
also noted in Figure 9 that the slope for 2-propanol and 2-
butanol is nearly equal to that for primary alcohols, and
that ap-decreasing order of butanol isomers follows the
order of their solubilities in water. All these phenomena
justify the validity of eq 6. From eq 6, the values of (conCHz
—opCHg) corresponding to the enthalpy change of the CH2
group on passing from the Pfeiffer oil to water were esti-
mated by the least-squares method and are included in
Table Il. The value of owCH2 has been estimated to be
1.37RT by Shinoda et al.30 from the solubility measure-
ment of higher alcohols in water. In addition, the enthalpy
change on transferring the CH2 group from the micelles of
usual surfactants to water has been reported also by Shin-
oda2l to be 1.08RT.2L Then, the energy diagram for the
CH2 group in different environments is established as
shown in Figure 10. It is seen that the Pfeiffer oil is not a so
favorable environment to the CH2 group as the surfactant
micelles, but is much more favorable than water, and that
the Pfeiffer oil of the phen complex is more “oily” than
that of the bpy complex by ca. 60 cal/mol at 25°.

Influence of Added Alcohols on the [Zn(phen)3]2+d-
BCS~ System. In Figure 11 is plotted the Pfeiffer rotation
ap of the [Zn(phen):|2+-d-BCS~ system as a function of
the molar concentration of added alcohols Ca. It is seen
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that ap decreases only slightly with Ca and that the de-
crease seems independent of the kind of added alcohols.
This suggests that added alcohols do not penetrate into the
Pfeiffer oil of opposite charges, and that the slight decrease
with Ca is probably due to an indirect medium effect.3l In
this case, the term E++ in eq 6 must be replaced by the
term E +- which represents the electrostatic energy change
upon the penetration of alcohol molecules into the Pfeiffer
oil of opposite charges, such as for the [Zn(phen)3]2+-d-
BCS- system. E+- must be a positive quantity because it
requires a certain amount of energy to separate a cation
and an anion, while E++ is a negative quantity because the
penetration of the alcohol molecules shields the electrostat-
ic repulsion between the two cations. Therefore, it is the
term E+- that prevents added alcohols from penetrating
into the Pfeiffer oil of the [Zn(phen)3p +d-BCS_ system,
the terms (conCH2 —upCHR) and (,w OH —CJ0H) being super-
imposed on the term E +- as minor contributions.

Conclusion

From the discussions presented above, it is concluded
that the “Pfeiffer oil” is a much more favorable environ-
ment to the penetrating alcohol molecules than water, and
that therefore, it seems necessary for the racemic complex
and the chiral compound to come into direct contact with
each other in order to exhibit the Pfeiffer effect, at least in
the systems of the same charge. On the contrary, Bosnich
and Watts7 recently postulated that several water mole-
cules intervene between the complex and chiral cations,
with their electrostatic repulsion thereby being effectively
reduced. However, if so, the value of wp<H would be much
larger, in other words, it would be almost equal to the value
of owCH2, since the penetrating alcohols would find the in-
terior of the Pfeiffer oil almost aqueous.32 Therefore, their
postulation can not be accepted.
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Carbon-13 a and ¢ hfsc are reported for a number of 2-substituted ethyl, 2-substituted 1,1-di-iert-butyl-
ethyl, and 1,1,2,2-tetrasubstituted ethyl radicals. The LIC@hfsc are normally in the range 11-14 G and are
not much affected by polar factors, by the conformation of the 2 substituent, or by distortion of the » car-
bon from tetrahedral geometry. The small 13CB hfsc’s for Me3SiCH2C(CMe3)2 (9.8 G) and for n-Bu3
SiICH2C(CMe3)2 (9.5 G) are attributed to distortion of the a carbon from planarity due to steric factors.
The exceptionally small I3CR hfsc for CF3OCH2C(CMe3)2 (6.1 G) is attributed to a homoconjugative inter-
action between the oxygen and the radical center.

The advent of EPR spectroscopy has made studies of the
structures and conformations of alkyl radicals relatively
straightforward.3 The EPR spectra of a great many d-sub-
stituted alkyl radicals have been recorded under a variety
of conditions3'30 and there is little or no dispute about
their actual conformations. However, the reasons that cer-
tain radicals take up particular conformations are still a
matter for discussion.6'22,252829 /3-Substituted alkyl radi-
cals will normally adopt, or at least show a preference at
low temperatures for either conformation 1, in which the d
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substituent, MR,,, occupies an eclipsed position relative to
the C, 2p- orbital, or conformation 2, in which the 0 sub-
stituent occupies a staggered position with respect to this
orbital. Provided there is at least one proton attached to
the 3 carbon, these two conformations can be easily distin-
guished by way of the d-hydrogen hyperfine splitting (hfsc)
using the empirical relationship3

aH = Bo+ Bcos-8

where B, = 2+ 2, B ~ 48 + 5 G, and 8 is the dihedral angle
between the C,, 2p- orbital and the Crf-Hd bond. Thus, a
RnMCH2C(R,)2radical in conformation 1 has aHica. 14 G,
and in conformation 2 it has aHfca. 38 G, and if it is freely
rotating about the C,-CJbond it has aHf ca. 26 G.5 For
radicals that are rotating about the C,-CJbond under the
conditions of measurement the conformation that would be
preferred at sufficiently low temperatures can be deter-
mined from the temperature dependence of aH'.n'713 A
negative temperature coefficient for aHs i.e., an increase in
aHj with decreasing temperature, indicates a preference for
conformation 2, while a positive temperature coefficient in-
dicates a preference for conformation 1.

All 2-substituted 1,1-di-iert-butylethyl radicals,
R,MCH>C(CMe:i)> adopt conformation 1 for steric rea-
sons.27-2* However, for simple 2-substituted ethyl radicals,
R, MCH pCHj, conformation 2 is preferred when M is car-
bon or oxygen, but conformation 1 is adopted when M is
from row 2, 3, or 4 of the periodic table (e.g., Si, Ge, Sn, P,
Cl, etc. 1.4 1517 27 The adoption by many R,MCH2CH?2 rad-
icals of conformation 1 has been variously attributed to the
interaction of the unpaired electron with the Cj-M bond
(hyperconjugation), and to its direct interaction with M via
the d6,7,931 or p" 1111 +142 25 orbitals of M (homoconjuga-
tion). The potential importance of steric factors in inducing
RNMCH2CH2 radicals to adopt conformation 1 has been
largely ignored.

There have beer, relatively few measurements of LIC,
hfsc, and even fewer measurements of 13C,, hfsc,29,32-34 in
carbon-centered radicals. With the hope that additional
EPR data might provide some insight into the problem of
the structure and conformation of substituted ethyl radi-
cals we have determined the LICf] (and ,!C,) hfsc for a
number of R, MCH2CH2and R,,MCH2C(CMe:i)2radicals.

Experimental Section

Materials. Unless otherwise indicated all reagents were
commercial materials that were purified before use. Ethyl-
ene-7,2-13C2 (Merck Sharp and Dohme) had an isotopic
purity of ca. 90%, the 12C isotope being present mainly as
ethylene-7-13C.

Labeled |,I-di-ieri-butylethylene-2-13C was prepared
from methyl-13C iodide (Merck Sharpe and Dohme, 90%
isotopic purity) and 2.2,4,4-tetramethyl-3-pentanone.3 It
was purified by preparative VPC.

Methyl-ferf-butyl peroxide was prepared by the method
of Rust et al.3 It was purified by distillation followed by
passage through an alumina column.

Radical Generation. The radicals CFi, CCLr, CF|O-,
CF.S-. Me;,Si-, n-Bu:,Si*. CISSi-, (Et0)2P=0, C6F5, and CI-
were generated by the methods previously reported.2 Me-
thoxy radicals were generated from methyl-ferf-butyl per-
oxide and C12CH- radicals were produced by uv irradiation
of di-ferf-butyl peroxide-dichloromethane mixtures.

EPR Spectra. The spectra were recorded on a Varian-E4
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EPR spectrometer provided with a variable temperature
controller and a quartz insert.

In the case of 1,1-di-fert-butylethylene-2-13C about 10%
of the 12C impurity radical was usually observed. Attempts
to resolve the spectra resulting from addition of CpF.v and
Cl- to this olefin were not successful, because of the great
complexity of the spectra and the limited quantity of the
labeled compound.

In the case of ethylene-7,2-13C2 two (impurity) radicals
resulting from the two possible modes of addition to ethyl-
ene-7-13C were present in ca. 10% abundance each. Only
the CL(C- radical was observed during an attempt to add
C1,C- radicals to this ethylene. When we tried to add
CH30- to ethylene at concentrations reasonable for an ex-
periment with the 13C labeled ethylene we obtained a radi-
cal withaH= 132 G (1 H) and aH = 3.5 G (2 H) to which
we assign the structure Me3COOCH2CHOOCMe3. The ad-
dition of CI- to the ethylene gave spectra too poor to be use-
ful.

Results

The EPR parameters for the radicals observed in this
work are given in Tables | and Il. The sign and magnitude
of the HKtemperature coefficients for the R,MCH2CH2
radicals (which indicate the preferred conformation of the
radical, see Introduction), are also given in Table I. These
were almost the only hfsc that showed any appreciable
change with temperature. The present EPR parameters
and those reported in the literature'-9,14,2829 are generally
in excellent agreement.

Discussion

The Cj hfsc for alkyl radicals (Tables I and IlI) vary by
just over a factor of 2, increasing from a low of 6.1 G for
CF ,OCH »C(CMe . to a high of >13.7 G for CF3OCH2CH2
at its low temperature limit. This change is considerably
larger than the ca. 25% variation in the C,, hfsc, which in-
crease from 37.1 G for Me3SiCH2CH2to a high of 47.4 G for
n-BuaSiCHjCtCMe.iU-37

For the R,MCH2CH2 radicals, the ranges in the magni-
tudes of the H,,, C,,, and Cj hfsc (1.9, 2.6, and 2.3 G, respec-
tively) are quite small despite the changes in electronega-
tivity and steric size of the RnM groups and despite the
various conformations of the individual radicals. We may
note that when the C,, hfsc is large (CF30OCH2CH2) the
and H, hfsc are also large, and that when the C,, hfsc is
small (Me3SiCH2CH?2) the C, and H,, hfsc are also small.
This can be simply explained on the basis that the C,, C"
and H, nuclei all interact with the unpaired electron only
by spin polarization (assuming a planar C,) and so the
magnitudes of the three hfsc depend only on the spin den-
sity in the C, 2p- orbital.40 It is not clear whether the
changes in the spin density in this orbital on going from
CF30CH2CH2to Me3SiCH2CH2 are due to polar effects or
to some other factor.

For the RNnMCH2C(CMe3)2 radicals, the 11Cd hfsc vary
much more dramatically (6.1 to 13.0 G) than the 13C,, hfsc
(45.5 to 47.4 G), but with the exception of R,M = CFi{O,
these Cj hfsc are of generally similar magnitude to the
values found for the R,MCH2CH2 radicals. A plot of the
13C., hfsc against the Hd hfsc for the R,MCH2C(CMe3)2
radicals goes through a distinct maximum (see Figure 1).4!
We suggest that a C.; hfsc of 12-13 G and an H, hfsc in the
range 11-14 G are “normal” and correspond to a relatively
undistorted R,, MCH2C(CMe3)2 radical in conformation 1.
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TABLE I: Hyperfine Splittings (Gauss) in 2-Substituted Ethyl Radicals«

Radical and Temp
preferred conformation range, K aHB
CF3CH2CH2 2 13S-173 26.2(—9)*
CF30CH2CH2 2 122-160 30.9(—34)6
CF3SCH2CH, 1 141-201 12.7(+22)&
Me3SiCH.CH2 1 128-178 17.1(+13)6
CI3SiCH2CH2 1 122-160 16.5(+21)2>
(Et0)2(0)PCH2CH, 1 181-211 19.0(+16)6
CHjCH,*- 95 26.9

aHa aleyc< B a? aother
22.7 13.0 39.1 0.33 CF,
22.4 13.7 39.7 1.6 CF3
21.7 11.3 38.0 4.3 CF3
20.8 10.4 37.1 37.4 Si«

21.9 12.2 38.8 0.46 SiCl,
22.1 11.7 d 90.6 P (-110)*
22.4 13.6 39.1

« Hfsc are given at the lowest temperature employed. b Temperature coefficient in mG/K. ¢ Value for Et,SiCH,CH, from

ref 6. d Not resolved. e Data from ref 32.

TABLE I1: Hyperfine Splittings (Gauss) in 2-Substituted 1,1-Di-feri-butylethyl Radicals and in some

1,1,2,2-Tetrasubstituted Ethyls«

Radical aHR a,3C(3
CF3CH2C(CMe3)2 12.2 12.2
CCI3CH2C(CMe3)2 10.7 12.0
CHCI2CH2C(CMe3)2 12.8 12.1
CH30CH2C(CMe3)2 11.7 12.6
CF30CH,C(CMe3)2 7.2 6.1
CF3SCH2C(CMe3)2 10.4 9.9
Me3SiCH,C(CMe3)2 15.8 9.8
n-Bu3SiCH2C(CMe3)2 15.6 9.5
CISSiCH2C(CMe 3)2 14.6 12.2
(Et0)2(0)PCH2C(CMe3)2 14.0 13.0
HC(SiMe3)2C(CMe3), 0] 11.2
HC(Si-n-Bu3)2C(CMe3)2 0 11.5
HC(SiClI3)2C(CMe3)2 0 12.8
HC(SiMe3)2C(SiMe3)2 0 8.4

a13{:<, aotherfr
455 0.90 CF3;30.1 CF3;11.5 C-,, 0.45 H,
45.6 2.1 CC/3;34.0 CCI3;10.4 ¢c', 0.42 nl
c 0.69 H7 7 7
c 0.6 H7
455 3.0 CF3,0.61 H
c 5.0 CF3;0.47 H
46.4 35.0 Si; 10.2 C7;0.36 H7
47.4 30.9 S\ 10.1 C7
c 77.2 Si; 2.2 SiC/3;0.43 H7
c 109.4 F; 10.4 C7%0.42 H7
42.9 30.6 Si,
43.5 28.7 Si,
41 56.6 Si,
26.4 13.7 c-Si,; 27.6 R-Si,

“ Hfsc are essentially temperature independent, see ref 29. b C7 and H" refer to the methyls of the two ieri-butyl groups.

Not resolved.

Figure 1. Plot o' ,3C}j hfsc against Hj hfsc for R, MCH2C(CMe3)2 rad-
icals.

Some of the variation in the HJhfsc may be due to the dif-
ferent R,, M groups having different effects on the ability of
the d hydrogens to hyperconjugate with the unpaired elec-
tron.42 However, large variations in the H,j and I;C.( hfsc
probably reflect distortion of C,i and C,vfrom their “nor-
mal” tetrahedral and trigonal geometries. Thus, w.nen the
R,M group is large and bulky (e.g., Me”Si) the radical’s
structure will be distorted by sterically induced repulsion
between R,,M and the two tert-bu'yl groups, as indicated
in 3. This repulsion will increase the H# hfsc since it will
force these protons closer to the C, 2p, orbital. It will re-

duce the C( hfsc since it will force this carbon slightly out
of the C,, 2p3 nodal plane. This will allow positive spin to
reach C|and thus partly offset the negative spin which it
acquires by spin polarization. It will also increase the C,
hfsc since the a carbon will become slightly nonplanar
(thus, the C,, hfsc is ~45.5 G for RnM = CFn or CCL.i, but is
46.4 for Me.iSi and 47.4 for n-Bu3Si). In addition, this re-
pulsion will decrease the M hfsc since the separation be-
tween M and the C,, 2pz orbital will increase (thus, aJ'si =
35.0 for Me.iSi but only 30.9 for n-Bu3Si).

The CFHOCHoOC(CMe;i)2radical (and, to a lesser extent
CFjSCHjC(CMe3)2) would also appear to be distorted from
structure 1. Unusual behavior by a d-CF:iO in simple alkyl
radicals has been described previously by Chen and
Kochil4 who discovered that while CFHOCH2CH?2 has a
preference for conformation 2, the CFAOCHoCHCHa radi-
cal has a preference for conformation 1. It was suggested
that this behavior was due to an enhanced homcconjuga-
tive interaction between the p orbitals on oxygen and the
radical center in the secondary alkyl, this interaction being
promoted by the electron-withdrawing CFa group. In the
CF.jJOCHoCICMe.dz radical, this attractive interaction will
bring the /3 hydrogens closer to the C,, 2p, nodal plane, as
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MeC~ /L --H
C Cc "CF,

in 4, which will reduce the Hfi hfsc. In addition, the C™ hfsc
will be reduced because some positive spin will reach this
carbon via canonical structures such as 5. The distortion of
C,, from planarity due to this attractive interaction is prob-
ably not large since the 13C,, hfsc is the same as that found
for CF3CH2C(CMe3)2

The four tetrasubstituted ethyls listed in Table Il adopt
conformation 2 with the (S hydrogen lying in the nodal
plane.3 At least two of these radicals appear to have se-
verely distorted tetrahedral geometry at Cp. That is, the di-
hedral angle, 6, between the Cfj-Si bonds and the C,, 2p2 di-
rection in the HC(MR,)2C(CMe3)2 radicals can be calcu-
lated from the 29Si hfsc given in Table Il for the appropri-
ate R,MCH2C(CMe3)2radicals (6 = 0°) by the usual cos26
relation.3 The undistorted angle would be 30°. The calcu-
lated angles are 21, 16, and 31° for R,M = Me3Si, n-Bu.iSi,
and CI3Si, respectively. Since these three radicals all have
“normal” CY hfsc we conclude that a simple distortion of C*
from a tetrahedral geometry is without appreciable effect
on its hfsc. For the HC(SiMe3)2C(SiMe3)2 radical the
and C, hfsc are both about 35% smaller than the values
found for the other three tetrasubstituted ethanes. This
can be attributed to the known ability of «-silicon substitu-
tion to reduce the spin density at the a carbon.29303839

In conclusion, 13C" hfsc are disappointingly insensitive
probes for identifying the structure and conformation of
I"-substituted ethyl radicals since they are not appreciably
influenced by polar factors, by the conformation of the /2
substituent, nor by distortion of the d carbon. However,
they may, on occasion, help to identify deviations from a
planar geometry at the radical center.
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Interaction Forces between Tetramethyluric Acid and Aromatic Molecules.

A Proton Nuclear Magnetic Resonance Study

Antonio Donesi, Livio Paoiillo, and Piero Andrea Temussi*

Istituto Chimico, University of Naples, Naples, ltaly (Received August4, 1975)

NMR is used to study the type of forces stabilizing complexes between 1,3,7,9-tetramethyluric acid
(TMU) and aromatic hydrocarbons. Equilibrium quotients for complexes of TMU and benzene, naphtha-
lene, phenanthrene, pyrene, and benzopyrene are calculated through chemical shift data. These data are
used to evaluate a geometric model which demonstrates the predominance of dipole-induced dipole forces
and excludes the existence of charge-transfer complexes in solution.

Introduction

Molecular complexes between purines and aromatic hy-
drocarbons have been investigated rather intensively dur-
ing the last years, both in solutionl 1 and in the solid
state.12'15 The motivation of all these studies is twofold:
physicochemical with respect to the forces responsible for
the stabilization of molecular complexes in general and bio-
physical with respect to the role thar some aromatic hydro-
carbons are suspected to play in carcinogenesis.16 In spite
of all this effort no clear-cut conclusion on the nature of the
forces responsible for complex formation has been reached.
Charge-transfer forces have been invoked by many authors
either on the basis of theoretical considerationsl’3 or as an
interpretation of diffraction14 and iri5 studies in the solid
state. It is significant however that other authors on the
basis of similar (or even the same) experimental data dis-
card the existence of charge transfer in favor of dipole-in-
duced dipole interactions12 or of dispersion forces.9 The
whole issue is complicated by the difficulty of comparing
solid-state and solution studies, since most of the latter fail
to give conclusive information on the geometry of the com-
plexes. The best technique for studying molecular geome-
tries in solution is probably NMR spectroscopy, but the
only NMR study reported in the literature on purine-aro-
matic hydrocarbons complexesll deals with an unfavorable
system and reaches no definite conclusion either on the ge-
ometry of the two complexes studied or on the forces re-
sponsible of complexation. Here we report a systematic
NMR investigation on complexes of 1,3,7,9-tetramethyluric
acid (henceforth called TMU) with aromatic hydrocarbons
of increasing size, from benzene to 3,4-benzopyrene. These
systems were chosen mainly for two reasons: (i) the exis-
tence of refined crystal structures of TMU complexes12'13
can lead to a detailed comparison of solid-state and solu-
tion studies; (ii) the presence on TMU of four isolated
methyl groups makes this molecule an ideal probe for the
determination of the geometry of the complexes. On the
other hand, TMU is substantially different from the purin-
ic bases of nucleic acids, which makes all results of this
study not directly transferable to the biological problem of
carcinogenesis. It is fair to assume, however, that any new
piece of information on the nature of the forces between
purines and aromatic hydrocarbons may be significant in
connection with all biological problems dealing with the ac-
tion of aromatic hydrocarbons on nucleic acids.

Experimental Section
Materials. 1,3,7,9-Tetramethyluric acid was purchased

from Fluka AG (Buchs, Switzerland) and used without fur-
ther purification. Spectrograde benzene was purchased
from Merck (Darmstadt), naphthalene and phenanthrene
were purchased from Merck (Darmstadt), and pyrene and
3.4- benzopyrene were from Fluka AG (Buchs, Switzer-
land). Naphthalene, phenanthrene, and pyrene were puri-
fied by means of repeated sublimations. All other reagents
were used without further purification.

Procedure. All solutions were prepared in such a way
that the molar concentration of TMU remained approxi-
mately constant in each series examined, while the molality
of the hydrocarbon increased up to the highest possible
molar ratio (moles of hydrocarbon per mole of TMU) com-
patible with hydrocarbon solubility. A standard solution of
TMU, 0.0302 M, in CDCI3 (with 1% TMS) was used for
3.4- benzopyrene; standard solutions, always close to 0.08
M, were used for all other hydrocarbons. Appropriate
amounts of the solid hydrocarbons were weighed in stop-
pered flasks, 1.0-ml aliquots of the standard solutions were
added, and the flask was reweighed to determine the exact
molality of the hydrocarbon. Benzene solutions were pre-
pared in a slightly different way to account for the volume
of added benzene. Variable volumes of standard solutions
were used in this case, to keep the benzene:TMU molar
ratio high enough for the relationship between shifts and
molality to hold (vide infra).

IH NMR spectra were recorded on a Varian Associates
HA-100-15 spectrometer. Chemical shifts were measured
with respect to internal TMS and are accurate to better
than 0.2 Hz (the line widths of the methyl resonances being
always very sharp). All measurements were made at 29.0 +
0.5°C.

Equilibrium Quotients. It has been shown by Hanna et
al.17'19 that the upfield shifts induced by aromatic hydro-
carbons upon complexation, with N-alkylamides, can be
used to estimate both the equilibrium quotient and the
shift of the pure complex in systems in which a 1:1 complex
is formed. The 'H NMR data can be analyzed by the equa-
tion

1 1 1 }____

QAc 1, Ac

where (A>bsd). = *0 “ 5, is the observed difference in chemi-
cal shift between acceptor (TMU in our systems) protons
in a solution with donor (hydrocarbon in our systems) con-
centration mi and the chemical shift of the same protons in
a solution without donor. Ac is the corresponding shift for
the pure complex and Q is the equilibrium quotient for as-
sociation of the complex. It is an implicit assumption of eq

(Aobsd)i
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TABLE I: Maximum Observed Shifts of the TMU Methyl Groups in Several Aromatic Hydrocarbons

Range of donor

Donor [TMU],M concn, m
Benzene 0.089., 0.609-7.191
Naphthalene 0.089, 0.453-1.660
Phenan.hrene 0.0815 0.392-1.976
Pyrene 0.089, 0.499-1.110
3,4-Benzopyrene 0.0302 0.120-0.216

3.70 3.BO 3.50 3:0 3.30

i (pprn)

Figure 1. The 100-MHz spectra of TMU methyl groups in CDCI3 (A)
and in CDCI3-C 6H6 (B).

1 that the systems examined are ideal solutions, in which
case Q coincides with the equilibrium constant, or that the
ratio among activity coefficients of the species in solution
remains constant over the concentration range studied. An-
other obvious requirement for eq 1 to be valid is that in all
solutions mo» m

Results

The 'H NMR spectrum of TMU, shown in Figure 1A,
contains only four sharp peaks, attributable to the N-
methyl groups. In spite of the simplicity of the spectrum,
assignment of the resonances is not trivial since the four
groups are isolated and are in very similar chemical envi-
ronments. On the other hand, a correct assignment is cru-
cial for the subsequent interpretation of donor-induced
shifts in terms of possible complexes’ geometries. A tenta-
tive assignment based on literature data on variously meth-
ylated xanthines1120 and thioxanthines20was confirmed by
an NOE experiment. The peak at 5 3.37 can be easily as-
signed to I-CHs, since in all methylated xanthines this
methyl group gives rise to the highest field peak.20 Another
characteristic feature of the NMR spectra of methylated
xanthines is the marked downfield shift of the 3-CH3 peak
induced by the presence of a methyl in the 9 position.20 Ac-
cordingly we have assigned the peaks at 5 3.58, 3.62, and
3.72 to 7-CH3, 3-CH3, and 9-CH3 respectively. Such an as-
signment is also consistent with the line shape of the four
resonances. It is shown by Figure 1A that the two down-
field peaks have a slightly larger half-height width, as

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976

Max obsd shifts, Hz

CH,(9) CH3(3) CH,(7) CH,(1)
71.7 68.4 12.7 11.1
100.2 91.5 19.1 17.7
172.2 159.5 49.0 46.9
218.0 202.3 65.0 60.3
130.5 118.9 50.3 48.2

would be the case for a small long-range coupling and/or
for a through-space interaction. These effects can be pre-
dicted in the case of TMU only for the adjacent 3-CHa and
9-CH3 groups. In order to confirm the existence of a small
albeit detectable interaction between these methyls we per-
formed an NOE experiment. A small intensity enhance-
ment was actually observed for the peak at $3.72 when ir-
radiating at &3.62 and vice versa, while irradiation of either
upfield peak had no effect on the intensities of the other
resonances. Addition of aromatic hydrocarbons to N -alk-
ylamides, as anticipated in the Experimental Section, in-
duces large upfield shifts in the resonances of the alkyl
groups.17 19 Figure IB shows the displacements of the TMU
peaks upon addition of a small amount of benzene. A simi-
lar behavior was observed for all systems studied, with very
large shifts for 3-CH3 and 9-CH3 and relatively smaller
shifts for the other two methyls. The maximum observed
shifts are reported in Table 1, along with the ranges of hy-
drocarbon concentrations. In all cases the linear depen-
dence of the reciprocal of the shift (ACbsd 1) vs. 1/m was
very good, so that one can rule out large contributions from
complexes different from the 1:1. Figure 2 shows the graphs
of the four methyl resonances for the system TMU-phen-
anthrene. The lines have been calculated by means of a
least-squares analysis of the data that gave also the forma-
tion quotients and the limiting shifts for “pure” complexes.
Table Il summarizes the values of these parameters for
each methyl group of every TMU-hydrocarbon pair. The
main trend of the data of Table Il is the monotonic in-
crease of formation constants and limiting shifts as one
goes from benzene to 3,4-benzopyrene. Such a behavior is
consistent with the increase of ring current, resonance en-
ergy,2l and polarizability22223 one expects from an increase
in the number of benzene rings. On this basis, however, no
clear-cut conclusion can be drawn on the nature of the forc-
es stabilizing the complexes. In fact all types of forces sug-
gested by various authors are compatible with the qualita-
tive trend of polarizability and of resonance energy.

Our data, though, are amenable to a more detailed analy-
sis in terms of molecular geometry which, in turn, can give
us accurate information on the nature of the stabilizing
forces. As mentioned in the Introduction, our systems are
characterized by the presence of four “probes” (the methyl
groups) well spaced on the purine molecule. Accordingly
the number of relative orientations of the two interacting
molecules that are consistent with the experimental shifts
is very limited. Trial geometrical models of the complex be-
tween TMU and benzene were built on the basis of the
atomic coordinates of TMU in the crystal structure24 and
of standard molecular parameters for benzene. The limit-
ing shifts were calculated for each model by means of the
formula of Waugh and Fessenden.25 If we restrict our
search to 1:1 complexes, there are essentially two limiting
configurations we can start with, i.e.,, one with the molecu-
lar planes approximately parallel and another with the two
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Figure 2. Plot of experimental methyl shifts of TMU vs. phenanthrene molality for the phenanthrene-TMU complex.

TABLE II: Results of a Least-Squares Analysis of Experimental Data0

TMU—benzene TMU—aphthalene TMU—phenanthrene TMU—pyrene TMU—3,4-benzopyrene
Methyl Q, kg mol-' Aad,Hz Q kgmol-'Aad,Hz Q,kgmor' Aad,Hz Q.kgmol"l Aad,Hz Q,kgmol" Aad,H:z
1 0.29 +0.02 17+10.60 + 0.03 35+2 120+ 0.02 66+ 11.56 * 0.06 95 +2 2.2 + 0.114946
7 0.22 +0.01 22 +1058 + 003 39+x2 128+ 0.02 68+ 1177 + 0.07 97 +2 2.8 + 0.1132+#4
3 0.212 +0.004 115+20.58 + 0.02 186+8 1.12 + 0.01 229 +21.69 + 0.10 310 +7 2.8 + 0.2314+8
9 0.217 £0.004 119+20.59 + 0.02 202+8 1.14 + 0.01 246 +31.76 + 0.10 340 +10 2.7, #0.17 348 +16

“Computed equilibrium quotients (Q) and shifts for pure complexes (Aad) between TMU and aromatic hydrocarbons are

reported.

molecules approximately perpendicular. A sketch of the
model with perpendicular arrangement is shown in Figure
3; the center of the benzene ring is coincident with the ori-
gin of the coordinate system and the molecular planes coin-
cide with the xy and yz planes. In both models it is easy to
find almost correct shifts for the 3-CH3 and 9-CH3 reso-
nances by placing the center of the benzene ring equidis-
tant from both methyl groups and at ca. 0.3 nm from the
line joining them. Neither model however gives a reason-
able agreement for the other two shifts. In fact, for the
complex with parallel molecules, the two pairs of calculated
shifts (1,7 and 3,9) are of opposite sign.

Numerous models with the molecular planes at angles
(» ranging from 0 and 90° were examined at steps of the
order of 5°, allowing for small displacements of the center
of the benzene ring. The line joining methyls 3 and 9 was
also slightly tilted to dissymmetrize the shifts of these
methyl groups. As reported in Table IlIl, a satisfactory
agreement between calculated and observed shifts can be
obtained for angles (& around 45° and a displacement of
0.05 nm of the benzene ring along the x axis.

TAEfLE I11: Comparison between Experimental and
Calculated Shifts of Pure Benzene—TMU Complex for
Various Geometrical Arrangements*

5, Hz 53Hz 5,'Hz 59 Hz
Exptl 17 115 22 119
i>=90° 0 113 0 119
13=0° -3 113 5 119
=45° 4 113 29 119

See text for definition of p.

An even better agreement could be obtained by minor
adjustments of the relative orientation. We decided against
this refinement because on the basis of the experimental
data it is not possible to exclude the presence in solution of
very small amounts of other (1:1 or 2:1) complexes whose
effect on the chemical shift changes might compensate the
small discrepancies between calculated and observed shifts
of Table III.

Before considering in detail the relationship between the
geometry of the complexes and the possible intermolecular

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976
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Figure 3. Model of the TMU-benzene complex with perpendicular
arrangement.

forces it is appropriate to discuss the parameters measured
for the other complexes in terms of the model found for the
TMU-benzene complex. A quantitative calculation of the
ring current shifts induced by the other hydrocarbons is
not as easy as that for benzene and was not attempted since
all NMR parameters can be interpreted, at least qualita-
tively, with reference to the benzene calculations. It can be
seen from Table Il that in all complexes the 3 and 9 shifts
are always very similar and much larger than those of the
pair 1,7. The simplest interpretation of this behavior is that
the hydrocarbon is closer to the pair 3,9 and that the planes
of the two molecules form an angle intermediate between o
and 90°. It is true that for hydrocarbons with a very large
area this interpretation may not be univocal, but the regu-
lar trend of the shifts along the series of the five hydrocar-
bons examined points to a substantial continuity of the
geometrical model.

The Journal of Physical Chemistry, Voi. 80, No. 3, 1976
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Discussion

The general features of the geometrical model we pro-
pose on the basis of the NMR results are not equally con-
sistent with all types of forces previously proposed for
these complexes. The essential feature of any charge-trans-
fer complex is a good superposition of the x orbitals of the
interacting molecules. It is clear then that any geometrical
arrangement in which the planes of TMU and of the hydro-
carbon are not nearly parallel cannot be stabilized by
charge-transfer forces to any significant extent.

As mentioned above, such is the case for all our com-
plexes and thus we must restrict our analysis to the other
two main types of forces, i.e., dispersion forces and dipole-
induced dipole forces. The latter are in fact consistent with
the directions of total dipole moment and local dipole mo-
ments of TMU (vide supra) and we are inclined to attrib-
ute to these forces the major role in stabilizing the com-
plexes studied. On the basis of our data, howeveri;iX is not
possible to assess the contribution of dispersion |[©rces with
any degree of accuracy. It is only fair to say that'dispersion
forces may play an increasingly important role irf the sys-
tems with larger hydrocarbons, but certainly dipole-in-
duced dipole forces play an important role in all complexes
studied and are responsible of the geometric arrangements
compatible with the NMR shifts.
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Analysis of the Charge Distributions in Molecules of the Types XCCH and XCN
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A comparative analysis is presented of the electronic charge distributions in molecules of the types XCCH
and XCN, using electronic density functions obtained from near-Hartree-Fock molecular wave functions.
It is found that a significant fraction of the it electrons formally associated with triple bonds are actually in
the neighboring bond regions; this accounts for the anomalous strength of single bonds adjacent to triple
bonds. It is shown that conventional resonance structures can be misleading in their implications about
bond strengths. Within each series of molecules, the charge distribution in the CCH or CN portion is found
to be relatively little affected by the nature of X. For any given X, there is also a high degree of similarity

in the X-C regions.

Introng\{ion

The ethynyl group, -C=CH, and the cyano group,
-C=N, ..have a certain formal similarity. They are isoelec-
tronic.'”~pd they both contain a nominal triple bond. One
may indeed view the -C=CH group as related to -C=N by
the removal of a proton from the nitrogen nucleus to a
point about 1.06 A away, followed of course by a rearrange-
ment of electronic charge.

It is interesting, therefore, to compare the electronic dis-
tributions in these two groups and how they are affected by
various attached atoms. We have previously computed the
atomic charges in a series of molecules of the types XCN
and XCCH, where X included H, Li, F, Cl, and CN (in
NCCN and HC2CN).12 We have also presented a prelimi-
nary discussion of the electronic charge distributions in
acetylene and two of its derivatives.3 Our purpose now is to
analyze and compare in much greater detail the charge dis-
tributions in the XCN and XCCH series. We also include
the diatomic species CN and-CN- in this study.

As before, electronic densities were computed from ex-
tended-basis-set self-consistent-field molecular wave func-
tions.4 Since these functions are of near-Hartree-Fock
quality, it is anticipated that they will give good results for
one-electron properties, such as electronic densities.s

Distribution of Electronic Charge among Internuclear
Regions

A general picture of the charge distributions in the mole-
cules being investigated, all of which are linear, can be ob-
tained by integrating their valence electronic densities over
the regions defined by hypothetical planes perpendicular
to the molecular axes at the positions of the nuclei. The re-
sults, presented in Table I, represent the average quantities
of valence electronic charge in the internuclear regions.

A striking feature of the data in Table | is that in every
single instance of a molecule having an ostensible triple
bond, the actual quantity of it charge in the internuclear
region of the supposed triple bond is only 2.3-2.6 electrons.
Thus, better than one-third of the four it electrons formally
associated with a triple bond are not in the bond region.
This observation has previously been made on a much
more limited scale, for the molecules HCCH, FCCH, and
LiCCH .3 It appears now to be of quite general validity. To
complete the picture, the quantities of ir charge in the in-
ternuclear regions of CO and N2 (which are isoelectronic

with -C=CH and -C=N) have been computed and were
found to be 2.41 and 2.49 electrons, respectively.s

If there were no interaction whatsoever between the
atoms that form these “triple” bonds, there would still be
essentially 2.0 ir electrons in the internuclear regions. Thus,
the formation of two ir bonds involves the shifting of 0.3-
0.6 electron into this region. This leaves approximately 0.8
it electron in each of the regions adjacent to the triple
bond. The presence of these electrons in tlie neighboring
bond regions should have the effect of strengthening these
bonds.7 This provides a very direct explanation of the well-
known fact that a single bond is significantly strengthened
by being next to a triple bond.3e9 The origin of this phe-
nomenon has been a matter of some controversy in the
past.s9

The data in Table I clearly indicate a considerable de-
gree of 7 bonding in the X—C and H— C bonds of mole-
cules of the types XCN and XCCH. This has been suggest-
ed before, the resonance structures X+=C=N_ and
X+=C=C~—H being invoked.s,12 Since such structures
are very unlikely when X is H, it might be anticipated that
the C=N and C=C bonds in HCN and HCCH would be
shorter and stronger than the corresponding bonds in the
other XCN and XCCH molecules, into which the above
resonance structures introduce some “double-bond” char-
acter. Instead, Table Il shows that the C-N bond length in
HCN is virtually identical with its values in the other XCN
molecules, while the force constants are quite similar. The
same holds true for the C-C bond lengths and force con-
stants in HCCH and the XCCH molecules. The fact that
the C-N and C-C bond lengths and force constants in
HCN and HCCH differ so little from their values in the
other XCN and XCCH molecules has been cited as evi-
dence indicating that there is not a significant degree of ir
bonding in the X-C and H-C bonds in the XCN and
XCCH series.o 13 The integrated charge densities :n Table |
show, however, that there is inherently a certain amount of
it bonding in the regions adjacent to a triple bond, even if
the neighboring atom is a hydrogen. Since this is intrinsi-
cally associated with a triple bond, it does not imply any
weakening of the latter, relative to some other existing sit-
uation. Conventional resonance structures are therefore
misleading in regard to the XCN and XCCH molecules, in
that they do require that any ir contributions to the X-C
bonds be accompanied by weakening of the C=N or C=C
bonds.14
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TABLE I: Quantities of Valence Electronic Charge
in Molecular Regions

Diatomic Molecular regions
molecules,
AB A B
S0 1.06 2.14 1.79
CN it 0.64 2.46 0.90
.jo 1.83 2.30 1.87
CN""r 0.51 2.42 1.07
Triatomic Molecular regions
ABC A B c
\o 0.39 1.60 2.17 1.84
HCN mr 0.02 0.69 2.42 0.86
lo 1.81 2.26 2.11 1.81
FCN s 1.82 2.75 2.52 0.91
1o 1.67 2.36 2.15 1.83
CICN ji7r 1.85 2.80 2.47 0.88
1.83 2.21 2.15 1.82
ocN ) 1.61 2.64 2.59 1.16
10 1.69 2.30 2.19 1.83
sel W 1.68 2.74 2.52 1.05
Four-atom Molecular regions
ABCD A B c D
0 1.84 215 2,02 2.5 1.84
NCCN L, 083 241 153 241  0.83
10 0.42 1.59 1.99  1.59 0.42
HCCH AT 003 080 234 080 0.3
i0 1.82 227 192 158 041
FCCH 1. 185 283 245 084 003
. 10 0.03  1.87 208 159 0.44
Vicehlz 001 080 229 086 004
10 168 236 1.96 158 041
CICCHR, 188 287 240 081 0.3
Five-atom Molecular regions
molecules,
ABODE A B o D E
_ja 1.84 2.15 2.03 1.98 1.60 0.40
NCCCH~"™ Qss 2.43 1.63 232 o0.74 0.02

A somewhat similar situation exists in the cases of
N=C—C~C—H and N=C—C=N. The C—C single
bonds in both molecules are shorter than the average C—C
single bond length, a fact which is explained in terms of
conjugation between the triple bonds. But the appropriate
resonance structures indicate that there should be a con-
comitant lengthening of the triple bonds. This does not
occur, as can be seen from Table Il by comparing these
C=N and C=C bond lengths with those in HCN and
HCCH. Table | shows that the quantities of both a and
charge in the triple-bond regions of NCCCH and NCCN
are almost exactly the same as in the corresponding regions
in HCN and HCCH, which is consistent with the bond
lengths being so nearly identical. Table | also shows the
same phenomenon occurring here as has been discussed
above; about 0.7-0.8 ir electron is provided to the C-C re-
gion in each molecule from each of its neighboring triple
bonds.1s This added « bonding is presumably the reason
for the shortening of the C-C single bond. This explanation
of the effect of conjugated triple bonds upon the interven-
ing single bond, as arising from the 7 charge inherently
outside of the triple bond region, is more accurate than in-
voking resonance structures, since it does not involve the
incorrect implication that there is a simultaneous length-
ening of the triple bonds.1s
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TABLE II: Experimentally Determined Bond Properties
Bond
length, "
Bond Molecule A Force const, mdyn/A
C-H HCN 1.063 5.62, * 5.80,« 6.257 d
C-H HCCH 1.059 5.85«
C-H FCCH 1.053 5.987,« 6.2«
C-H C1CCH 1.052 5.961 «
C-H HCCCN 1.058
C-H c2h6 1.094 4.79/
c-C HCCH 1.205 15.68,«- 15.85 «
c-C FCCH 1.198 15.4,« 15.80, h 16.62«
c-C C1CCH 1.205 15.81 «
Cc-C HC-CCN 1.205
C-C HCC-CN 1.378
Cc-C NCCN 1.380
c-C c2n6 1.534 4.50,/ 4.92«
F-C FCCH 1.279 8.213,« 8.64, ft 8.8 «
F-C FCN 1.262 8.41,' 8.70/
F-C C2H5F 1.375 5.96 *
Cl-C C1CCH 1.632 5.255,« 5.4«
Cl-C CICN 1.629 4.74, 4.97,* 52«
Cl-C C2HsCL 1.777 3.64*
C-N HCN 1.155 17.9,« 18.68,d 18.85*
C-N FCN 1.159 17.44,/ 17.92'
C-N CICN 1.155 16.7,'« 17.92," 18.45"1
C-N HCCCN 1.159
C-N CN 1.177 16.29«
C-N NCCN 1.16

a All bond lengths are taken from L. E. Sutton, Ed.,
Chem. Soc., Spec. Publ., No. 18, Suppl. (1965), except
those in FCN, FCCH, and HCCCN, which are from J. K.
Tyler and J. Sheridan, Trans. Faraday Soc., 59, 2661
(1963). * G. A. Thomas, J. A. Ladd, and W. J. Orville-
Thomas, J. Mol. Struct., 4, 179 (1969). « Reference 12.
dH. C. Allen, E. D. Tidwell, and E. K. Plyler, J. Chem.
Phys., 25, 302 (1956). « K. Venkateswarlu and M. P.
Mathew, Z. Naturforsch., B, 23, 1296 (1968). / B. L.
Crawford and S. R. Brinkley, J. Chem. Phys., 9, 69
(1941). « T. Shimanouchi in “Physical Chemistry,” Vol.
1V, D. Henderson, Ed., Academic Press, New York, N.Y.,
1970, Chapter 6. h Reference 11. ' Reference 9. / E. E.
Aynsley and R. Little, Spectrochim. Acta, 18, 667
(1962). * W. G. Penney and G. B. B. M. Sutherland, Proc.
R. Soc. London, Ser. A, 156, 654 (1936). 1Y. Morino
and E. Hirota, Bull. Chem. Soc. Jpn, 31, 423 (1958).

m W. J. Orville-Thomas, W. J. Jones, and U. Opik, J.
Chem. Soc., 1625 (1959).

The preceding conclusions about the characters of the
bonds in the XCN and XCCH molecules are fully support-
ed by the calculated bond orders. These were obtained by
extending to these linear polyatomic molecules an opera-
tional definition of bond order which was proposed origi-
nally for diatomic species.17 This definition

bond order = 0.55747V k /R

requires only the force constant, k (mdyn/A), and the bond
length, R (A), of the bond in question; h involves no wave
function whatsoever. In Table 111 are listed the bond orders
calculated using the experimental bond lengths and force
constants given in Table Il. The bond orders for all C=N
and C=C bonds are in the range 2.00-2.27. This is fully
consistent with the numbers of it electrons found in these
bond regions, which suggest that relative to the a bonds,
the o bonds are more like half-bonds. As anticipated, the
C=N and C=C bond orders in HCN and HCCH are exact-
ly the same as in the other XCN and XCCH molecules,
confirming the absence of any resonance-caused weakening
of the latter. Finally, the bond orders of the X— C bonds
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TABLE IIl: Calculated Bond Orders
Bond Bond
Bond Molecule order0 Bond Molecule order0
C-H HCN 1.28-1.35 F-C FCN 1.44-1.46
C-H HCCH 1.31 F-C CAF 1.16
C-H FCCH 1.33-1.35 CI-C CiCCH 1.00-1.01
C-H CICCH 1.33 CI-C CICN 0.95-1.00
C-H CA 1.17 CI-C caAcCi 0.80
C-C HCCH 2.01-2.02 C-N HCN 2.19-2.25
c-C FCCH 2.00-2.08 C-N FCN 2.16-2.19
C-C CiCCH 2.02 C-N CI1CN 2.12-2.23
C-C ca 0.95-1.00 C-N CN 2.07
F-C FCCH 1.41-1.46

°The range of bond orders presented in this table for any
given bond corresponds to the full range of force constants
listed for that bond in Table II.

are invariably significantly greater when these are adjacent
to a C=N or C=C bond than in the reference molecules
(C2Hs, C2HsF, and C2HsCI) which have no multiple bonds.
It is very gratifying that conclusions which had been
reached by integrating electronic densities obtained from
ab initio molecular wave functions are in such good agree-
ment with those resulting from a completely independent
consideration of experimentally determined bond lengths
and force constants.

Effects of Substituents on Charge Distributions

In this section, the emphasis will be on the charge distri-
butions in the C=N and C=CH portions of the XCN and
XCCH molecules, taking everything to the right of the car-
bon nucleus as a single unit. Table IV gives the quantities
of # and a charge in these portions, obtained by simply
summing the appropriate values in Table 1. In general,
these charges are quite similar in all of the cases, whether
XCN or XCCH and regardless of the identity of X. For a
given X, the amounts of <« charge are seen to be almost
identical for XCN and XCCH. The amounts of ir charge
differ somewhat more, by 0.10-0.15 electron, with the XCN
value always being the greater one. This is consistent with
the greater electron-attracting power of the cyano group
that has been noted, for example, by Brown.is The relative
electron-attracting powers of the C=N and C=CH groups
are particularly evident in the data for the molecule
HC=CC=N, where the two groups are in direct competi-
tion with each other. Table IV shows that the quantity of §
charge is essentially the same in the C=N and C=CH por-
tions of this molecule but that there is significantly more ir
charge (0.2 electron) in the C=N portion.

The effects of substituents upon electronic distributions
are often described in terms of various “substituent con-
stants .19 One of these, denoted ««-, is interpreted as being
a measure of the tendency of a substituent to donate elec-
tronic charge to the rest of the molecule through seme sort
of conjugative or resonance effect. In the case of the XCN
and XCCH molecules, this would presumably be described
in terms of contributions from the structures X+=C=N~
and X+=C =C _—H. An alternate view which has recently
been proposed is that instead of charge being donated by
the substituent, the effects observed are actually due to the
strong repulsive interaction between electrons of the sub-
stituent and the ir electrons of the remainder of the mole-
cule.2o Our present results seem to support this second
view. If the indicated resonance structures did indeed play
a key role, then the quantities of ir charge in the X—C in-
ternuclear regions should show the same trend as the corre-
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TABLE 1V: Quantities of 0 and n Valence Electronic
Charge and Positions of Centers of Charge in C=N
and C=CH Portions of XCN and XCCH Molecules0

Positions of
centers of valence

Quantities of
valence electronic

charge electronic charge*
Molecule 0 m 0 I
CN 3.94 3.36 2.031 1.602
HCN 4.01 3.29 2.026 1.564
FCN 3.92 3.43 2.039 1.587
CICN 3.97 3.35 2.034 1.575
NCCN° 3.99 3.23 2.030 1.546
HCCH 3.99 3.17 2.392 1.605
FCCH 3.91 3.32 2.386 1.599
LiCCH 4.10 3.20 2.373 1.664
CI1CCH 3.96 3.24 2.396 1.607
NCCCHd 3.97 3.09 2.379 1.552
HCCCNd 3.99 3.28 2.029 1.560

0The C~N portion of an XCN molecule includes every-
thing to the right of the hypothetical plane through the
carbon nucleus. The C=CH portion of XCCH includes
everything to the right of the hypothetical plane through the
carbon on the left. 6 These positions are given in atomic
units relative to the carbon which begins the C=N or
C=CH portion of the molecule. c NCCN is regarded as a
molecule of fhe XCN type, in which X = CN. dHCCCN is
included in this table twice, first as an XCCH molecule
(X = NC) and then as an XCN molecule (X = HCC).

TABLE V: Substituent ConstantsO

Substituent, Substituent,

X °r" X Or “
F -0.34 H 0.00
a -0.23 CN +0.13

0S. Ehrenson, R. T. C. Brownlee, and R. W. Taft, in
Prog. Phys. Org. Chem., 10 (1973).

sponding ¢§r° values. Tables I and V show that this is not
the case. However the quantities of ir charge in the C=N
and C=CH portions of the molecules (Table 1V) do corre-
late linearly with «.-, as is shown in Figure 1; the correla-
tion coefficients are 0.983 and 0.979, respectively. This cor-
relation can be interpreted as reflecting ths repulsion be-
tween the electrons of the substituent and the ir electrons
of the -C=N or -C=CH group, which pushes the latter
away from X and into the C=N or C=CH region. From
Figure 1 and the data for HC=CC=N and LiC=CH in
Table I, cro for the -C=CH group is predicted to be 0.00,
while for the Li atom the predicted «.- is —0.09.

Table IV also includes the calculated positions of the
centers of both a and ir charge in the C=N and C=CH
portions of the molecules. Within each series of molecules,
these vary very little, even less than do the integrated
quantities of charge in these regions, despite the fact that
X includes such different entities as Li, H, F, and CN. The
position of the center of a charge in the C=N portion
varies only from 2.026 to 2.039 au and from 2.373 to 2.396
au in the C=CH portion. The ir charge is more mobile; its
center shifts over ranges of 0.06 and o.11 au, respectively.

Charge Distributions in the X-C Portions

It is interesting to compare, for a giver, substituent X,
the charge distributions in the X-C portions of XCN and
XCCH. (These are the entire regions of the molecules up to
the boundary plane through the carbon nuc.eus.) The
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Figure 1. The relationship between the quantity of w-electronic
charge in the C=N or C==CH region (Table V) and the substituent
constant gr® of substituent X (Table V). Line (1) is for XCN mole-
cules: fine (2) is for XCCH molecules. From left to right, the points
arefor X =F, X =Cl, X =H,and X = CN.

TABLE VI: Positions of Centers of Charge in X—-C
Portions of XCN and XCCH Molecules and in H-C
Portions of XCCH Molecules

Positions of centers
of valence electronic

charge?

Molecul2 Portion4 0] T

FCN F-C 2.145 2.068
FCCH F-C 2.177 2.076
CICN Cl-C 2.599 2.636
CICCH Cl-C 2.618 2.613
NCCN NC-C 3.515 3.239
NCCCH NC-C 3.518 3.204
HCN H-C 1.337 0.599
HCCH H-C 1.351 0.639
FCCH H-C 1.345 0.635
CICCH H-C 1.342 0.642
LiCCH H-C 1.376 0.673
NCCCH H-C 1.331 0.600

a The X—C and H—C portions include everything up to a
hypothetical plane through the nucleus of the carbon
shown in the second column as forming the boundary of
the region. » The distances are given in atomic units, meas-
ured from the carbon which forms the boundary of the
portion of interest.

quantities of electronic charge in these portions of the mol-
ecules can be seen from Table ; the positions of the centers
of charge are given in Table V1. These tables show that, for
a given X, both the quantities of charge and the positions
of the centers of charge are very similar in the X-C por-
tions of XCN and XCCH. This close similarity is reflected
in the experimentally determined bond properties given in
Table IT and in the bond orders in Table III.

A much more extensive comparison is possible for those
X-C regions where X = H, since it can encompass not only
HCN and HCCH but also the H-C portions of the other
ethynyl molecules. These data are included in Table VI. A
high degree of similarity is again observed, particularly
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with respect to the o electrons. This relative insensitivity of
the H-C portion of the XCN and XCCH molecules to the
remainder of the molecule has been noted previously;?! 23
it can also be seen in the bond properties in Table II.

The Diatomic CN and CN~ Species

It is interesting to compare the electronic distributions
in CN and CN—, both with each other and with the results
found for the XCN molecules; the latter comparison pro-
vides some insight into the effect of X. When CN gains an
electron to form CN~, the added electron occupies a ¢ mo-
lecular orbital. Table I shows the rearrangement of charge
that accompanies this process. The primary effect is an in-
crease of about 0.76 electron unit of ¢ charge in the carbon
lone-pair region. Perhaps in response to this, the « charge
becomes more polarized toward the nitrogen =nd.

Table I shows that the charge distributions in the CN
portions of the neutral XCN molecule: more closely resem-
ble that in CN than that in CN™. This suggests a relatively
low degree of ionic chéracter in Ane X-CN bond, which is
consistent with the previously:éalculated atomic charges in
the neutral XCN molecules.! The net charge of the CN
portion was never found to be more negative than —0.18
(which was in HCN).' 4, .

HCN is of particular interest in the present discussion
because it is isoelectronic with CN~. Its charge distribution
therefore shows what rearrangement of charge takes place
in CN~ when a proton is brought to a distance of 1.06 A
from the carbon, on the molecular axis. As anticipated,
there occurs a general polarization of electronic charge
toward the proton, although the total amount of charge
moving past the hypothetical piane through the carbon is
only 0.36 electron. More than half of this reflects move-
ment of 7 charge out of the nitroger lone-pair region. The
data show that the proton approaches the carbon up to a
point at which it has already penetrate:t the electronic
charge in the carbon lone-pair region tc quite a significant
extent; in HCN there is 0.39 ¢ electrons »ehind the proton.
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The Pariser-Parr-Pople (PPP) type LCI-SCF-MO calculations (neglect of the penetration integrals, con-
stant parameters, idealized geometry, a limited number of singly excited states in the configuration inter-
action, the p model for sulfur) have been used to study 46/-borepino[3,2-6:6,7-6"]dithiophene (7) and 4-
hydroxy-46f-borepino[3,2-6:6,7-6']dithiophene (10). The results of the calculations were employed to inter-
pretand discuss some physicaland chemical properties ofthe recently synthesized 4-methyl-46/-borepino [3,2-
6:6,7-6']dithiophene (9) and bis(467-borepino[3,2-6:6,7-6,]dithienyl) ether (8) (electronic absorption spec-
tra, NMR spectra, dipole moments, geometric structure, chemical reactivity). For the sake of comparison, a
PPP calculation for fi-phenylbenzo[d]borepin (11) has also been carried out.

Introduction

In recent years, an increased interest has been paid to
various seven-membered ring ir-electron systems in which
one or several of the CH groups are replaced by a heteroa-
tom. Thiepin (1) and LfZ-borepin (2) may serve as exam-

H
1 2 3

pies of such systems which are isoelectronic with their hy-
drocarbon counterparts. The sulfur atom in the thiepin
molecule contributes two it electrons into conjugation mak-
ing thiepin an eight-ir-electron system. Thus, thiepin can
be considered as the simplest sulfur analogue of cycloocta-
tetraene in which the sulfur atom replaces a CH=CH
group. On the other hand, if we assume that boron contrib-
utes no it electrons into the delocalized ir-electror. system,
borepin is the heterocyclic analogue of the tropylium cat-
ion.

Thiepin itself has not yet been synthesized and its ex-
pected instability can be explained by the results of an
LCI-SCF-MO (PPP) study. It is interesting to note that
thiepin should possess a very low-lying triplet state.2-4 On
the other hand, fusion of one or two benzene rings to the
thiepin ring stabilizes the molecule. The synthesis of ben-

zo[s Jthiepin (3) has been reported.s’s Benzo[s]thiepin is
quite unstable and undergoes rapid thermal deccmposition
to naphthalene and sulfur. Dibenzo[s,/]thiepin (4) is a sta-

4

ble compound.7'8 Also thiepin 1,1-dioxide (5) is known and
is stable.o'10

5 6 7

Thus, it would seem logical to try to increase the stability
of the borepin ring by annélation of two stable ir-electron
rings. It is known that in the case of the tropylium ion ben-
zoannelation decreases the stability of the system whereas
fusion of a thiophene to the tropylium ion increases its sta-
bility. Thieno[s Jtropylium cation (6) was recently studied
by the LCI-SCF-MO (PPP) method and the experimental
data on this compound (e.g., the electronic absorption
spectrum) have been successfully interpreted on the basis
of calculated quantum chemical data.1112

The fusion of two thiophene rings to The borepin ring
gives 46/-borepino[3,2-6:6,7-6"]dithiophene (7) which is iso-
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electronic with the dithienotropylium cation and dibenzo-
tropylium cation.

The synthesis of bis(4/i-borepino[3,2-6:6,7-6']dithienyl)
ether (8) and 4-methyl-4f/-borepino[3,2-6:6,7-6"]dithio-
phene (9) which are derivatives of 7 has recently been de-
scribed.13

In the present contribution which is a continuation of
the previous synthetic work,13 we present a comparison of
the experimental data with the results of LCI-SCF-MO
(PPP) calculations carried out for the models of systems 8
and 9, i.e., systems 10 and 7, respectively. For the sake of
comparison, an analogous calculation has been carried out
for B-phenylbenzo[djborepin (11).14

Methods

Compounds. The synthesis of compounds 8 and 9 has
been published.13 The synthesis of compound 11 has also
been reported.14

Spectra. The electronic spectra of 8 and 9 were mea-
sured in cyclohexane on Unicam 800 and Cary 118 spectro-
photometers. The proton NMR spectrum was determined
in acetone-dfi on a Varian A-60 spectrometer with tetra-
methylsilane as the internal standard, and the boron-11
spectrum was recorded in carbon disulfide using CAT and
a Varian XL 100 instrument with boron trifluoride ether-
ate as the external standard.13

LCI-SCF-MO (PPP) Treatment. In the calculations,
compound 8 was approximated as 4-hydroxy-4H-borepino[3,2-
6:6,7-6']dithiophene (10) and compound 9 as 4//-borepino-
[3,2-6:6,7-6"]dithiophene (7). The usual version of the PPP
method was used. The parametrization and the method
have been described elsewhere.is Interactions between mo-
noexcited configurations formed by promotion of one elec-
tron from one of the four highest occupied MO’s to one of
the four lowest vacant orbitals MO’s were considered. The
systems studied were assumed to be planar and to have
idealized geometry. All C-C, C-B, and C-S bond lengths
were assigned to be 1.40 A and the B-o bond length was
taken as 1.36 A. The rings were assumed to be regular hep-
tagons and pentagons. SCF MQO’s served as the basis for Cl
calculations. Only resonance integrals between nearest
neighbors were considered. The following parameters were
used (values ineV).1116-18

Atom,
M M 7mm zM $C—M
C 11.22 0.69 10.53 1 —2.318
S 20.27 10.47 9.80 2 —1.623
B 2.00 -5.00 7.00 0 -1.800
e} 27.17 12.59 14.58 2 -1.623
(0B-0)
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TABLE I: Results of LCI Calculations

Predominant confign
cos the ud Wt

194

AE' a fb
«4H-Borepino[ 3,2-6:6,7-6] dithiophene (7)

3.425 0.830 1.000 1,-1 0.958 1.726
3.785 0.028 0.000 1,-2 0.761 2.577
4.657 0.061 0.000 2,-1 0.534 3.232
5.001 0.602 0.000 3,-1 0.445 3.502
5.020 0.015 -1.000 4,-1 0.781 3.616
5.366 0.037 0.000 1,-3 0.779 4.272
5.447 0.501 1.000 2,-2 0.908 4.632
5.531 0.380 1.000 3,-2 0.887 4.729
5.949 0.193 0.000 4,-2 0.893 5.359
5.987 0.049 1.000 1,-4 0.833 5.563
4-Hydroxy-4//-borepino[ 3,2-6 :6,7-6 ]dithiophene (10)
3.381 0.843 -1.000 1,-1 0.969 1.666
3.882 0.027 0.000 1,-2 0.729 2.551
4.669 0.052 0.000 2,-1 0.474 3.354
4.949 0.023 -1.000 4,-1 0.827 3.474
5.013 0.588 0.000 3,-1 0.314 3.680
5.367 0.119 0.000 1,-3 0.707 4.344
5.619 0.506 -1.000 2,-2 0.864 4.612
5.731 0.264 1.000 3,-2 0.913 4.814
5.901 0.050 -1.000 1,-4 0.827 5.560
6.012 0.184 0.000 4,-2 0.930 5.632

a Excitation energies (eV) for the ten lowest excited sing-
let states, b Oscillator strength. ¢ <>is the angle formed by
the positive direction of the axis shown in the formula and
the direction of the transition moment read counterclock-
wise. d A combination of two figures is used to label a con-
figuration. A positive number refers to an orbital occupied
in the ground state; a negative number, to a virtual orbital.
e Excitation energies (eV) for the ten lowest excited triplet
states.

200 300 Amtm 500

Figure 1. Electronic absorption spectrum (in cyclohexane) of bis(4H-
borepino[3,2-6:6,7-b']dithienyl ether (8). Calculated LCI transition
energies and intensities (for 10) are shown as full straight lines.
Scale for the calculated oscillator strengtn is shown on the right-
hand side. The short arrows indicate the drection of polarization of
the individual transitions.

/~and Au are the ionization potential and electron affinity
of atom n in the atomic valence state, respectively. The mo-
nocentric repulsion integrals and core integrals between
nearest neighbors are represented by and ji(:  respec-
tively, and z u is the core charge at atom m- The bicentric
electronic repulsion integrals have been calculated using

the Mataga-Nishimoto formulais
14.399

where  (A) is the distance between atoms n and v.



Borepinodithiophenes

200 300 i,nm 500

Figure 2. Electronic absorption spectrum (in cyclohexare) of 4-
methyl-4H-borepino[3,2-b:6,7-b']dithiophene (9) and the calculated
transitions for 7.

200 300 Anm 500

Figure 3. Electronic absorption spectrem (in cyclohexane, cf. ref
14b) and the calculated transitions for B-phenylbenzo[d]borepin
(11). The broken-line arrow indicates a forbidden transition.

The calculations were performed on the CDC 3100 (bo-
repinodithiophenes) and Univac 1108 (J3-phenylbenzo[d]-
borepin) computers.

For similar PPP calculations on borazaro analogues of
benzenoid hydrocarbons, see ref 20.

Results and Discussion

Electronic Spectra. The results of PPP calculations on
some of the spectral properties of compounds 7 and 10 are
summarized in Table | and are compared with the experi-
mental absorption curves for the compounds 9 and s in
Figures 1 and 2. The experimental data are shown together
with the calculated positions of 0-0 bands of the individual
electronic transitions. When comparing calculated and ex-
perimental transition energies, it is necessary to remember
that the former correspond to vertical transitions.

The experimental absorption curve for fi-phenylben-
zo[d]borepinis (11) and the calculated transitions are
shown in Figure 3.21

The calculations yield several close-lying electronic tran-
sitions and this is an interesting result. Although fine struc-
ture is noticeable in some cases on the experimental ab-
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TABLE II: ‘Hand “ B Chemical Shifts and the
Corresponding 7r-Electron Densities in
Borepinodithiophenes 8 and 9
Compd Position2 Chem shift,6 ppm qc
2 7.49 (TI) 1.054
3 7.29 (>H) 1.040
8 7.30 CH) 1.005
4 -38.9 ("B) 0.333
2 8.00 ('"H) 1.051
3 7.80 CH) 1.034
8 7.61 CH) 1.002
4 -52.6 (11B) 0.285
aThe following numbering is being used throughout
O a

6 Taken from ref 13. cSCF-MO T7r-electron densities for the
models 10 and 7, respectively.

TABLE I1I: Experimental Bond Lengths in

Bis(4//-borepino[3,2-6:6,7-&']dithienyl) Ether (8p

Bond, i-j ly, A Bond,i-j ZyA Bond, i-j Ly, A
12 1.693 3—3a 1.426 4—oxygen 1.358
1— 9a 1.725 3a—4 1.532 7a-8 1.428
2- 3 1345 3a—9%a 1.387 8-9 1.330

aAccording to ref 28. Average values are g ven, : 0.005 A.
For numbering, see Table II.

TABLE 1V: SCF—MO 7T-Electron Densities for
Compounds 7 and 101

Position, Position, Position,
<h i Qi i <H
AH-Borepino[3,2-6:6,7-6"']dithiophene (7))

1 1.755 3a 1.007 7a 1.008
2 1.051 4 0.285 8 1.002
3 1.034

4-Hydroxy-4H-borepino[3,2-b:6,7-6] dithiophene (10)
1 1.754 3a 1.013 7a 1.015
2 1.054 4 0.333 8 1.005
3 1.040 Oxygen 1.904

a For numbering, see Table II.

5 7 p- 9

Figure 4. Experimental C-C bond lengths, ly, in bis(4/+borepino[3,2-
b:6,7-6'ldithienyl) ether (8) plotted against calculated SCF-MO
rr-bond orders, py. For experimental data, see ref 28. Regression
line: (y(A) = —0.285py + 1.570; correlation coefficient r = 0.975,
number of points n = 5. All values are significant on 1% probability
level.

sorption curves, most of the bands are broad thus revealing
contributions to their intensity from more than one transi-
tion. The longest wavelength absorption band correspond-
ing to the So -* Si transition in the spectra of 8, 9, and 11
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appears at 28.5, 27.9, and 28.4 kK (3.534, 3.459, and 3.521
eV), respectively.

For certain transitions, the calculations predict consider-
able mixing of configurations, even of those of low energy.
The squares of the expansion coefficient for the xi,-i con-
figuration in the CI function for the first excited state are
0.958 and 0.969 for compounds 7 and 10, respectively, but a
considerable mixing is already observed in the second and
third excited states.

It seems worth noting that, in agreement with the calcu-
lations, the overall character of the absorption curves, the
positions of the absorption maxima, and their intensities
for compounds & and 9 are quite similar and resemble the
absorption curve of the 7r-isoelectronic 4//-cycloheptall,2-
0:5,4-0'ldithiophene (12).13

12

The calculated So - Tj transitions for compounds 7 and
10 are at 13.92 and 13.44 kK (1.726 and 1.666 eV), respec-
tively. No phosphorescence or singlet-triplet absorption
spectra for this type of compounds are available so far. It
should be pointed out that S-T and T-T transitions calcu-
lated by the PPP method are usually too low as compared
to the experimental results and thus one would expect the
So — Ti transition for these systems at somewhat higher
wavenumbers.

NMR Spectra. In several cases, successful correlations
have been reported between proton or heteroatom chemical
shifts observed in the NMR spectra of ir-electron heterocy-
cles and the calculated ir-electron densities in the respec-
tive positions.22' 27 In other cases, attempts to find such a
relationship failed.11 Table Il shows the measured chemical
shifts and the SCF-MO ir-electron densities for compounds
g8 and 9. A satisfactory qualitative agreement exists be-
tween these data but the small number of points prevents
any meaningful quantitative correlation.

Dipole Moments. The ir-electron contribution to the di-
pole moment is along the short axis in the cases of both 7
and 10 (orientation as shown). A considerable decrease of
the dipole moment is predicted when going from the
ground state to the first excited singlet state.

Structure. A classic criterion for the Hiickel character of
a system is its coplanarity. An x-ray determination of the
structure of 8 has revealed that both halves of the molecule
are essentially planar.2s The only deviation from coplanari-
ty in the whole molecule is due to the 152.5° angle formed
by the B-O-B bonds.

The experimental bond lengths for compound s are
shown in Table Ill. There is a good agreement between the
calculated ir-bond orders and the experimental C-C bond
lengths (Figure 4).

Chemical Reactivity. The SCF-MO ir-electron densities
for 1 and 10 are given in Table IV and the corresponding
ir-bond orders in Table V.

The a position in the thiophene rings (position 2) should
be the center of electrophilic reactivity of compounds & and
9. In thiophene itself, electrophilic substitutions occur pre-
dominantly at the a position as well,29:30 whereas annela-
tion of benzene or tropylium rings to thiophene makes the
(3position most reactive toward electrophilic substitution.

According to the data in Table V, the 2-3 bond in the
thiophene ring is most double in character and should be
the bond at which the addition reactions would occur.
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TABLE V: SCF-MO ir-Bond Orders for
Compounds 7 and 10°

Bond, i-j pii Bond, i— pii Bond, i—

4//-Borepino[ 3,2-6:6,7-6"] dithiophene (7)

1-2 0.395 3—3a 0.502 7a—8 0.498
1-9a 0.386 3a—4 0.395 8-9 0.778
2-3 0.823 3a—9a 0.659
4-Hydroxy-4//-borepino[3,2-6:6,7-6'] dithiophene (10)
1-2 0.398 3—3a 0.507 4—oxygen 0.394
1-—9a 0.385 3a—4 0.361 7a—8 0.486
2-3 0.820 3a—9a 0.670 8-9 0.786

oFor numbering,, see Table: I1.

As part of our efforts to confirm experimentally some of
these predictions, we have tried to carry out two different
electrophilic substitution reactions on the ether 8. Our at-
tempt at proton-deuterium exchange in dimethyl sulfox-
ide-D2SU4 resulted in almost complete decomposition of
the substrate. Electrophilic bromination with pyridine per-
bromide hydrobromide in chloroform clearly introduced
bromine into the thiophene rings but with a cleavage of the
B-C bonds in the borepin ring.a1
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Viscosities, i), of molten mixtures of cobalt(ll) chloride and tetra-n-butylammonium iodide, measured as
functions of temperature and composition, have been analyzed in terms of several analytical expressions
and their empirical parameters computed. Linear increase in the secondary glass transition temperature,
T o, with successive increases in [CoClZ] has been attributed to an increase in the net cohesive forces. This is
due to complex formation which leads to eventual supercooling to glassy states. Isothermal composition de-
pendence of viscosities has been explained satisfactorily in terms of a parabolic expression which also de-
scribes the minimum obtained in the viscosity isotherms at N (mole fraction) = —q/2r, where q and r are
computed parameters. A value equal to more than one for the ratio of activation energies, E JE A (§>and A
stand for fluidity and equivalent conductance, respectively), and its agreement with the ratio of empirical
parameters, k jk A have been accounted for. The composition dependence of Walden’s product has been
discussed and a dynamic equilibrium between the free ions and the associated ion pairs has been postu-
lated. Temperature dependence of Walden’s product has been explained successfully in terms of analytical
expressions and the corresponding empirical parameters computed. Identical T0a, Toa, and T[ A as well

as intrinsic volume Vo,.. Vo, and Vo,a, reflect the thermodynamic nature of these parameters.

Introduction

Densities, viscosities, electrical conductances, and opti-
cal spectra have been measured in several molten salt sys-
tems.1 7 Such measurements have also been reporteds-is in
the cases of glass-forming melts. Metal halide-rich mix-
tures of low-melting organic halides containing
(RaB+)2MX42- (B = N or P; M = Mn2+, Co2+ or Ni2+)
have been found to supercool to glassy states.9“15 The de-
gree of dissociation of MX42~ is negligible in pure
(R4B+)2M X42_ as is apparent frcm the decreases in the
electrical conductancesi3'14 with increase in [MX,,], where
n denotes the charge on M. Because of the small intermo-
lecular distances r, the species, (RaN+)4_n[MX4](4_n)-, ap-
pear to be held together at low temperatures. This results
in a highly viscous liquid due to the presence of highly as-
sociated flowing entities of the form,
J(RaN+)a_n[MX4](4-n)-*. The optical spectra and trans-
port behaviors of such systemsis suggest a relationship be-
tween the melts on one hand and the corresponding glassy
state on the other.

Therefore, the electrical conductances, densities, and
viscosities of molten mixtures of CoCl2 and Bu4NI have
been measured with a view to understanding the differ-
ences in the ordinary melts and the supercooled materials
and, also, the factors governing the glass-forming tenden-
cies of these melts. The temperature and composition de-
pendences of fluidities have been examined in terms of sev-
eral modelss'16-18 proposed for describing the mechanism of

kinematic viscous flow of Newtonian liquids. An attempt
has also been made to describe such dependences of activa-
tion energies and Walden’s products.

Experimental Section

Purifiedis toluene, n-octane (BDH), and quinoline (Ri-
edel) were used ascalibrating liquids. Tetra-n-butylammo-
nium iodide was recrystallized2o several times from puri-
fiedis acetone-ether mixture and dried under vacuum over
P 205 at 50°C.

Several molten salt mixtures of anhydrous2: CoCl2 and
Bu4dNI were prepared in a thermostated bath in an inert at-
mosphere.

Density and kinematic viscosity measurements were
made with a dilatometeris17 of 0.005-ml divisions and cali-
brated Cannon-Ubbelohde viscometer,2223 respectively, in
a relay-controlled thermostated glycerol bath of #o0.1°
thermal stability.

The viscometer was filled with a required amount of the
sample with a vacuum pump and was placed in a thermo-
stated bath for 30 min to minimize the thermal fluctua-
tions before recording the data. The viscosities of quinoline
were determined with a calibrated viscometer (di = 6.7 X
10“° cSt/s from 313 to 373.9 K using n-octane as a refer-
ence liquid, and were calculated between 373 and 418 K by
extrapolating the plot of 103 log f] vs. 1031T. These extrapo-
lated values were used as a reference for the calibration of
other viscometers (dn = 3.6 X 10-4 cSt/s and dm = 5.2 X

The Journal of Physical Chemistry, Zol. 80, No. 3, 1976



292

10 “4 cSt/s). These viscometers were employed for the de-
termination of viscosities of molten salt mixtures in the
said range of temperature. Measurements were made in a
descending as well as in an ascending order of temperature.
The time of flow of organic liquids was reproducible within
+0.1% while those of molten salt mixtures within +1.0-
3.3%.

The dilatometer and viscometer were cleaned by washing
with hot nitric acid, chromic acid, a suspension of soap-
water, and double distilled water, and dried for further use.

Results and Discussion

Temperature Dependence of Fluidity. Temperature de-
pendence of fluidities were found to be explained by a
Doolittle2s type expression

9 = Aj, exp[FE<(/AV — VO] ®

where and Bp are empirical parameters while v and Vo
are molal and intrinsic volumes, respectively. Values of the
computed parameters are given in Table I. Linear plots of
log 9 vs. I/(V - Vo) (Figure 1) justify the applicability of
the above expression.

Moreover, the temperature dependence of ¢ has been
found to be described directly in terms of different analyti-
cal functions of the form

(p= a + bt + ct2 ()
Pp=a' eXp[—b'/(T—C')] (3)
P= AJT-UzeM -k ¢({T - Tn) (€]

a, b, c a', b, c, Ap, kb and T() are all empirical parame-
ters.2s The best-fit values of these parameters are listed in
Table Il26 and 111 along with standard deviations in < Ap-
plicability of eq 4 in the present system has been empha-
sized by linear plots of log <pTw2vs. 1/(T — T() (Figure 2).

It may be noted that the free volume modelis demands a
critical void volume for the initiation of mass flow in glass-
forming liquids. This, in turn, may manifest as a conven-
tional activation energy for viscous flow. Accordingly, acti-
vation energies, Ep s, were computed from the derivative of
eq 4 and also from the slope of Arrhenius plots, and were
averaged. The corrected activation energies, £cor (Table
1V),26 were obtained by adding (1/2)J?T to the average
values of E o as explained below.

From the Stokes-Einsteinz7 equation, the activation en-
ergy for fluidity may be given as follows:

D\ = kT(p/6irr\ 5)

where D, r, and k are diffusion coefficient, ionic radius,
and Boltzmann constant, respectively. Differentiating the
logarithm of the above equation, we obtain

dinD/d(r-1) =dIntf,/d(T-,)-T (6)
This gives the energy of activation for diffusion as
Ed —E# +RT (@)

In the light of Cohen and Turnbull’s modelis

dinDM T-1)=-E dIR = (-772)- Je*[77(T- Toy1z (8)
Combining eq 7 and s, we obtain

Eb+RT — (1/2)RT = kpR[T/(T - To)]2
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Figure 1. Plots of log 9 vs. 1/(1/ — VO) for molten mixtures of CoCl2
and Bu4Nl.

C1/(T-To)dX103

Figure 2. Plots of log <j>Ps2 vs. 1/(7 — T0) for molten mixtures of
CoClz and Bu4N..

and
Ecorip= Ep + d/2)RT =kpR[T/(T - T0)]2 )

It is apparent from Figure 3 that the linear plots of Ea,r vs.
[TI(T — To)12 pass through the origin lending further sup-
port to the applicability of free volume model in describing
the transport behavior in glass-forming melts.

Composition and temperature dependences of E t are il-
lustrated in Figures 4 and 5. Ep appears to decrease initial-
ly with an increase in [CoCl2] and passes through a mini-
mum at ~ 10 mol % of CoCl2 before it starts increasing with
further increases in [CoCI>]. The descending portion of the
activation energy isotherms; corresponding to low [CoClZ],
is comparable to similar behavior of Walden’s product iso-
therms and may be due to dissociation of solvent molecules
as discussed later. Probably, such a dissociation causes an
easy flow thereby decreasing the value of Ep; however, an
increase in Ep with [CoCl2] may be attributed to the forma-
tion of complex species. Moreover, an increase in Ep with a
decrease in temperature becomes more significant in the
low temperature region and may account for the inadequa-
cy of the free volume required for molecular migration at
these temperatures.
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TABLE I: Best-Fit Parameters for Equations 0 ,A = A0r\ exp[—Bg” KV ~ V0OA)] for the Fluidity and Equivalent

Conductance*2of Molten Mixtures of CoCl2and Bu4NI

Mol % Std dev Std dev
Co2+ ) BO vop in0 ba V, A in A
4.6 2044.30 188.45 285.00 0.034 46.371 102.94 288.37 0.013
7.1 271.50 89.36 279.00 0.019 21.786 77.23 279.00 0.009
155 856.12 120.50 254.11 0.109 22.968 85.00 255.50 0.032
20.3 451.94 112.14 247.50 0.049
25.2 249.55 90.75 234.70 0.041
31.5 153.84 82.30 222.50 0.033 17.441 76.41 222.50 0.004
° Values of VO/\ were computed for comparison.
TABLE III: Best-Fit Parameters for Equations 0, A =ApD,A' T~'h exp[--ko,a I (T - TorAll for the Fluidity and
Equivalent Conductance aof Molten Mixtures of CoCl2 and Bu4NI
Mol % Std dev Std dev
Co2+ A> T>,0 in0 AA kA To.A in A
4.6 19724.0 854.60 250.20 0.131 1000.2 600.00 252.00 0.046
7.1 15306.0 723.31 253.79 0.113 1047.8 621.85 254.00 0.010
155 17975.0 715.42 258.32 0.149 868.5 609.71 260.00 0.038
20.3 9857.8 716.19 269.15 0.098
25.2 7074.0 713.27 272.24 0.067
31.5 4573.0 686.84 274.86 0.041 496.4 635.47 275.00 0.004

aValues of TO were computed for comparison.

Figure 3. Plots of Emi, vs. [T/(T -

CoCl2 and BuaN.

cTiT-T,) 12

Toy12 for molten mixtures of

Concentration Dependence of Fluidity. At a given tem-
perature fluidity has been found to increase with successive
decreases in concentration from 31.5 to 15.5 mol % of CoCl2
in Bu4dNIl and shows an abnormal decrease from 7.1 to 4.6

mol % of CoCl2 (Figure 6).26

The composition dependence of viscosity from 15.5 to
31.5 mol % of CoCl2 in molten BudNI may be explained in

Figure 4. Energy of activation for fluidity as a function of composi-
tion for molten mixtures of CoCl2 and Bu4NI.

Figure 5. Energy of actlvatlon for fluidity as a function of tempera-
ture for molten mixtures of CoCl2 and BuaNl.
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TABLE V : Best-Fit Parameters for Equation p - p + N + rN2+ sA8 for the Viscosity

of Molten Mixtures of CoCl2and Bu4NI

Composition range St_d dev

T, K (mole fraction) P r S in7?
378.0 0.071-0.315 3.1347 —62.1240 377.8612 -576.0468 0.07
383.0 2.2870 —44.6443 271.2164 —407.4217 0.08
388.0 0.046-0.315 1.5713 -30.4471 187.2808 —275.6065 0.06
393.0 1.1579 -21.8551 133.0858 -189.1910 0.05
398.0 1.0025 -19.4355 121.4591 —184.2812 0.04
403.0 0.7379 -13.7007 84.9291 —124.7573 0.04
408.0 0.6357 -11.9564 75.0074 —113.5043 0.03
413.0 0.071-0.315 0.5809 -10.4264 62.4583 -91.36.30 0.02
418.0 0.4825 -8.5896 51.5568 -76.1073 0.02

TABLE VI: Ratio of Corrected Activation Energies, Eq!Ea,
as a Function of Temperature for Molten Mixtures of
CoCl2and Bu4dNlI

E<plEA
4.6 7.1 15.5 31.5
mol % mol % mol % mol %
Co2+, Co2+, Co2+, Co2+,
kfbl k/\ = ké/ka = K(plk A = =
T, K 1.424 1.163 1.173 1.081
378.0 1.380 1.164 1.145 1.079
383.0 1.383 1.165 1.148 1.079
388.0 1.382 1.162 1.158 1.064
393.0 1.395 1.167 1.156 1.084
398.0 1.395 1.166 1.143 1.073
403.0 1.393 1.159 1.150 1.076
408.0 1.394 1.158 1.142 1.085
413.0 1.392 1.160 1.153 1.073

terms of various interactions. These interactions are not
only dependent upon the type of the ions and the solvents
used, but also upon the concentration of the ionic species
present in the system. Formation of complex ions and asso-
ciated species may increase such interactions thereby de-
creasing the fluidity with an increase in [CoCl2].

On the basis of the conventional transport theory, it has
been suggested that the parameter TO is the controlling
variable in the composition dependence of transport at low
temperatures. To reflects the cohesive forces in liquids, and
in the case of charge unsymmetrical salt systems,28 the co-
hesive energy of one component (1) may be much less than
that of the other (2). In other words Top) « To<e) and,
therefore, one can presume a linear relation between To
and composition. However, in the case of charge symmetri-
cal salt systems, the cohesive energies of the two compo-
nents may be similar and positive or negative departures
from additivity may occur. A parallel behavior will be ex-
hibited by To thereby leading to positive or negative depar-
tures from additivity in the transport properties. In the
present case of charge unsymmetrical molten salt system a
linear relationship has actually been found between To and
the cationic potential (Figure 7) justifying the above as-
sumption. Cationic potential has been defined as Si N\ZJr\
where N\ = mole fraction, Z; = ionic charge, and rj = ionic
radius of cation species i. An increase in TO with an in-
crease in [CoCl2] may be attributed to an increase in net
cohesion in the system due to complex formation which
leads to an eventual supercooling to glassy states. There-
fore, it appears that in the absence of crystallization, addi-
tion of an excess amount of a solute to any ionic solution
results in glass formation and a sharp increase in viscosity.

A satisfactory representation of the composition depen-
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Figure 7. Relationship between T0 and cationic strength for molten
mixtures of CoClz and BuaNI.

Figure 8. Walden's product as a function of composition for molten
mixtures of CoCl2 and BusNI.

dence of viscosities in the present system may be displayed
through an expression of the form

f=p+qgN +rN-+sN3 (10)

where p, q, r, and s are empirical constants. This expres-
sion represents a parabola (neglecting the last term) in
which a maximum or minimum depends upon the magni-
tude r. For r > 0O, one expects a minimum in the viscosity
isotherm at N = —q/2r. Such values for N, viz. ~0.1 com-
puted from the parameters q and r (Table V) are in good
agreement with those obtained graphically (Figure 6).26
Comparison of Parameters Obtained from Conductance
and Fluidity Measurements. Equation 4 based on the free
volume model18 has been used to describe the temperature
dependences of both conductance and fluidity of glass-
forming melts. It has been derived on the consideration
that To is a thermodynamic rather than a kinetic quantity.
Therefore, values of TOobtained from the measurement of
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TABLE VII: Best-Fit Parameters for Equations Arj = A, exp[BJ(T — T0jAr))] and At] = A7exp[Bj/(V— VOAY))] for
the Walden'’s Product of Molten Mixtures of CoCl2and Bu4NI
Mol % Std dev Std dev
Co2+ -4, NoA¥ in A7 b2 KAr] in At
4.6 0.0370 296.63 250.00 0.003 0.0377 56.82 285.35 0.003
7.1 0.0694 97.83 255.00 0.002 0.0800 12.26 279.00 0.001
15.5 0.0570 75.30 259.00 0.003 0.0638 9.75 255.50 0.002
31.5 0.1253 34.57 274.11 0.008 0.1147 5.80 222.32 0.008

different transport properties must be identical, if the
transport properties are measured over identical tempera-
ture ranges. The almost identical T ga and T 0,0 obtained in
the present case, therefore, reflect the thermodynamic na-
ture of To. Similarly, Voa and V0/; agree with each other,
and, k,, ~ 700 and k A~ 600 seem to be almost composition
independent parameters. These values are comparable to
the universal values of  and kA found in the cases of sev-
eral molten salt systems.2s A higher value for «,, reflects a
larger value for critical void volume during viscous flow.
This, in turn, accounts for a value more than one for the
ratio e~/Ef, as is apparent from Table VI. Moreover, a
close resemblance (Table VI) between this ratio and k,,Jkx
is expected in the light of equationsso of the type (9).

Walden’s Product. Walden's products for the molten
mixtures of CoCl2 and BUsNI are plotted as a function of
mole fraction of CoCl2 at several temperatures (Figure s).
These plots show that the products pass through minima
and maxima in going from 0.046 to 0.315 mole fraction of
Co Cl2. Minima and maxima occur at ~o.1 and ~0.25 mole
fractions of Co Clz2, respectively, and the nature of the curve
is in accordance with that reported earlier.31-33

Initially, as the concentration increases, the electrostatic
force holding an ion pair together is reduced due to the
presence of a neighboring free ion. Thus the ion pair in the
vicinity of a free ion (metal ion) may be more easily disso-
ciated into ions upon a collision with a solvent molecule,
thereby increasing the number of ionic species in the sys-
tem. The oécurrence of dissociation by such collisions de-
pends on the number of free metal ions and the thermal en-
ergy of solventss Therefore, dissociation increases with an
increase in concentration at constant temperature. This re-
sults in a decrease in viscosity which seems to be the con-
trolling factor in Walden’s product. The minimum Axn
product corresponds to a point where dissociation becomes
relatively more dominant. The minimum product has been
reportedss to depend on the dielectric constant of the me-
dium and, therefore, one expects a shift in the minimum, if
the solvent is changed for the same metal halide.

However, when the dissociation of solvent molecules in-
creases, the solvent anions formed in this way are accumu-
lated around the metal ion to form complex species such as
Co X 42, the presence of which has been supported by its li-
gand-field bandsss Moreover, as soon as the complex
species such as CoX42- are formed, they associate with the
solvent cation, BuiN+. This kind of simultaneous complex-
ation and association may increase with an increase in
[CoCl2] and, thereby, increase the viscosity of the system
considerably. This may actually account for the increase in
An product in the concentration range from ~0.1 to ~0.25
mole fraction of Co Clz. Therefore, above ~ 0.1 mole fraction
of CoCl2 an equilibrium of the type, CoX42- + 2BusN+ s=*
[Bu4N +]2[CoX 42-1, can be presumed.

Furthermore, it is pertinent to note that above ~0.25
mole fraction of CoCl2, the Walden's product starts de-

Figure 9. Walden's product as a function of temperature for molten
mixtures of CoCl2 and BUANI.

creasing again. It appears that up to this concentration of
CoCl2, the viscosity of the system is the main controlling
factor in determining the value of Walden'’s product. How-
ever, it is equally important to observe that the conduc-
tance decreases accordingly with increases in viscosity. Be-
yond ~0.25 mole fraction of CoCl2 conductance may de-
crease remarkably owing to high viscosity of the medium
and appears to predominate in determining the value of At
product. Consequently, over this concentration range the
product decreases with further increases in [CoCIZ2].

The temperature dependence of Walden's product is
shown in Figure 9. Changes in Walden’s product with tem-
perature may be explained through a structure making and
breaking mechanism as suggested by Kay and Evansss to
account for such a phenomenon in the cases of alkali and
halide ions in aqueous solutions. BusN+ has been consid-
ered as an excellent structure maker.ss As the temperature
increases ions as well as ion pairs separate and, consequent-
ly, less structure will be available for making. Therefore,
BU:N+ will be less effective in increasing the local viscosity
through structure making thereby causing a decrease in the
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product with an increase in temperature. However, the
maxima in the plots of Walden'’s product vs. temperature
obtained in some cases may indicate that the mobility of
the ions has been enhanced to such an extent by the rapid
drop in local viscosity that equivalent conductance may
predominate in the product.

A quantitative representation of the temperature depen-
dence of Walden’s product may be presented through ex-
pressions of the form

Ag = Axexp[Bi/(T - TO)] (ID

At = A 2 exp[ft2(V - VO) (12

where A\, B\, A% and ft2 are empirical constants. These
equations are basically obtained from those for A and +/ (eq
4 and 1). Best-fit values of the parameters are listed in
Table VII along with standard deviation in Ajj. It appears
that a simultaneous representation of the temperature de-
pendences of A and §j is more sound due to their interde-
pendent nature. TO,\, and Vv0,a, oObtained in this manner
are in good agreement with those found independently
from fluidity and conductance, i.e., To,;,aand VOj\a values,
respectively, emphasizing further the thermodynamic na-
ture of such parameters.
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The interactions of coions with polyelectrolytes have been investigated in aqueous solutions of sodium
poly(styrenesulfonate) containing NaCl, Na2S04, and Na4Fe(CN)s. The behavior of sulfate ion in sodium
poly (acrylate) solutions also has been studied. Self-diffusion coefficients are reported for the anions and
cations of the simple salts in the concentration range 5 X 10-4 to 1 X 10~2 N, with the polyelectrolyte con-
centration ranging from 2 X 10-5 to 2 X 10-1 N. With polyelectrolyte present the self-diffusion coefficients
of the coions and counterions are lower than those reported for agueous solutions containing only the sim-
ple electrolyte. The self-diffusion coefficients of the simple ions are found to be dependent on the concen-
tration ratio of polyelectrolyte to simple salt. Sodium ion self-diffusion coefficients are shown to be inde-
pendent ;of the valence of the coion present in the solution. The experimental results are compared with
those predicted from Manning’s theory of polyelectrolyte solutions.

It is generally believed that counterions are affected to a
great extent by the presence of polyions in solution1-7 but
that coions are little affected by the presence of the poly-
electrolyte. From electric transport8and ionic activity coef-
ficient9 experiments of sodium poly(styrenesulfonate)
(NaPss) in aqueous sodium chloride solutions Nagasawa
infers that coion-polyion interactions are not significant.
Yet several other experimental investigations7,10-18 have
indicated that the coion does have a noticeable effect on
the solution properties of polyelectrolytes. Also, the model
for polyelectrolyte solutions developed by Manning pre-
dicts that coions, as well as the counterions that do not
condense onto the polyion, interact with the polyion in a
similar manner by Debye-Huckel interactions.7,19-21 The
theory has been shown to be successful for predicting the
interactions of monovalent and divalent counterions with
the polyion.7,2223 For coions, successful correlation with the
theory has been reported only for the interaction of mono-
valent coions with the polyion.24 To extend the studies of
the behavior of coions in polyelectrolyte solutions, we have
examined the interaction of multivalent coions with po-
lyions by self-diffusion experiments. Here we discuss the
results of self-diffusion measurements of Cl-, SOs2-,
Fe(CN)64-, and Na+ ions in aqueous solutions of sodium
poly(styrenesulfonate) (NaPSS) at 25°C.

Experimental Section

Materials. Poly(styrenesulfonic acid) (HPSS) of molecu-
lar weight 70000 was kindly supplied by the National
Starch Co. The sample was purified by passing through
cation and anion exchange columns in series (Rexyn 101
cation exchange resin and Rexyn 203 anion exchange resin)
followed by tiration with NaOH to a pH of 7. The resulting
NaPSS was reprecipitated three times by addition to 2-
propanol. The sample was then dried in a vacuum oven at
80°C for 24 h and finally at 120°C just prior to use. The
sulfur content of the sample was determined to be 14.44%
by Schwarzkopf Analytical Laboratories, which corre-
sponds to an equivalent weight of 222.0 = 1.4 g. Analysis of
the NaPSS by passage through a cation exchange resin and
titration of the resulting HPSS with standardized NaOH

solution to a phenolphthalein endpoint gave an equivalent
weight of 220.6 = 2.5 g. The average equivalent weight as
determined by the two methods is 221 3 g, which corre-
sponds to 93.1% sulfonation of the polystyrene.

Sodium poly(acrylate) (NaPA) of molecular weight
16000 was prepared from poly(acrylic acid) (PAA), which
was purchased from Pfaltz and Bauer. The sodium salt
(NaPA) was prepared by titration of the PAA with NaOH.
Titration of the PAA with standardized NaOH gave an
equivalent weight of 98.8 + 0.2 g for the NaPA, which cor-
responds to 95.2 £ 0.2% substitution.

2NaCl, Na3Cl, and NasFe(14CN)6 were obtained from
ICN Pharmaceuticals, Inc. and Na235S04 was obtained
from New England Nuclear Co.

Radioactive Solutions. Stock solutions of the sodium
salts of 36C1-, Fe(14CN)s4-, and 2Na+ ions were prepared
by diluting 0.1 mCi of each of the ions to 100 ml with dis-
tilled water. The stock solution of the sodium salt of
BS04L- was prepared by dissolving 1.0 mCi in 250 ml of
distilled water.

One milliliter of the appropriate radioactive stock solu-
tion was transferred into a 10-ml volumetric flask and
evaporated to dryness. To this flask, 10 ml of a radioactive-
ly inert NaPSS-simple salt solution of desired composition
was added. Table I gives the percentages of the simple ions
which were radioactively labeled in each of the resulting
salt-containing polymer solutions. Where the concentration
of the radioactive ion was greater than 0.3% of the total
concentration of that ion, an appropriate amount of simple
salt was added to the radioactively inert solution to make
the concentrations of the two solutions identical.

Diffusion Measurements. All diffusion measurements
were carried out in a constant temperature bath thermo-
stated at 25.00 = 0.01°C. The open and capillary method
originally introduced by Anderson and SaddingtonZ was
employed without stirring to determine diffusion coeffi-
cients. Precision-bore capillary tubes of 1.0 £ 0.005 mm i.d.
and 3.80 = 0.005 cm length were filled with an aqueous so-
lution containing the polyelectrolyte and simple salt, where
the ion under investigation was radioactively labeled. After
filling, each capillary tube was placed into a 100 X 13 mm
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TABLE I|: Percentages of the Simple lons Radioactively
Labeled in the Salt-Containing Polyelectrolyte Solutions

Normality of NaCl Na2S04 Na4Fe(CN)6 NacCl
simple salt % “ Cl- % 355042“% Fe(1ACN)64" % 2Na+
0.01000 5 0.01 0.1 0.00001
0.005000 10 0.01 0.3
0.001000 50 0.1 1.4 0.0001
0.0005000 50 0.1 2.8

test tube. Four to five milliliters of a solution, identical in
chemical composition but not containing the radioactive
ions, was then slowly added to the test tube containing the
capillary. Prior to adding, the outer solution was thermo-
stated at the bath temperature. After a sufficient amount
of time was allowed for diffusion, the outer solution was
carefully withdrawn by means of an aspirator and the ra-
dioactivity remaining in the capillary was determined by
liguid scintillation counting and compared with the
amount of radioactivity originally present. Diffusion coeffi-
cients were then calculated using an approximate solution
of Fick’s equation developed by McKayz2e

c_\2P 1

co) t )
where C and Co are the final and initial activities of the
capillary, respectively, t is the time allowed for diffusion,
and | is the length of the capillary. When the ratio C/Co is
equal to 0.5, an error of 0.3% results in the value of D from
the approximation used in deriving eq 1. The higher is the
ratio, the smaller is the error. However, the higher the
ratio, the larger the error due to experimental manipula-
tion. Therefore, the ratio was kept in the range of 0.6 to 0.7.
This corresponds to diffusion times of approximately 24,
48, 72, and 48 h for .Cl-, SO42-, Fe(CN)s4-, and Na+, re-
spectively.

Radioactive Counting. Upon removal of the capillary
from the diffusion test tube, the outside of the capillary
was wiped dry with tissue paper and its radioactive content
was analyzed while still in the capillary tube using a Pack-
ard Tri-Carb liquid scintillation spectrometer Model 3385.
Each sample was counted to a minimum of 20 000 counts.
To eliminate the need of determining the values of C and
Co for each capillary, precision bore capillaries matched to
within +0.005 cm length and +0.005 cm i.d. were used.
Four capillaries were used to determine one value of Co,
and a minimum of six capillaries were used to determine
the value of one diffusion coefficient. Validation of the
technique was accomplished by determining the diffusion
coefficient of CI- in 0.030 N NaCl. The resulting value of
1.97 + 0.03 cm2/s, which is an average of ten determina-
tions, compares well with the literature value of 1.96 X 10-5
cm2/s reported by Wang and Miller.27 The average stan-
dard errors of the diffusion coefficients reported below are
2,3, 4, and 4% for Cl-,S042-, Fe(CN)e4-, and Na+ ions, re-
spectively.

Results and Discussion

Self-diffusion coefficients for Cl-, SO42-, and Fe(CN)64-
ions were determined in aqueous solutions of completely
neutralized sodium poly(styrenesulfonate) (NaPSS) con-
taining NaCl, Na2SC>, or NaaFe(CN)6. At foiy simple salt
concentrations, 0.01, 0.005, 0.001, and 0.0005 N, the poly-
electrolyte concentration was varied between 5 X 10-5 and
0.16 N. Thus the values of X
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where ne and nsare the equivalent concentrations of poly-
electrolyte and simple salt, respectively, were kept in the
range 0.1-16. To facilitate the comparison between the dif-
ferent coions, the results of the diffusion measurements are
presented as the ratio DJD p, where D\ is the observed dif-
fusion coefficient of species i and D p is its value at infinite
dilution in the absence of polyelectrolyte, as calculated by
the Nernst relation.2s Calculated D p values of 2.03 X 10-5,
1.06 X 10-5, and 0.738 X 10-5 cm2/s were used for Cl-,
S042-, and Fe(CN)e4-, respectively. Figures 1, 2, and 3
present the experimental results obtained for the diffusion
coefficients of Cl-, SO42-, and FelCNg)4- as a function of
X . It is evident from these figures that the presence of
NaPSS in aqueous simple salt solutions results in a lower-
ing of the diffusion coefficients of the coions as compared
to their values at infinite dilution of simple salt. At con-
stant simple salt concentration the coion diffusion ratio D p

Dp is found to decrease with increasing X, i.e., increasing
polyelectrolyte concentration. As X increases, the decrease
is sharp at low values of X, then more gradual at high X

values. At the lowest concentrations of each of the simple
salts employed (0.0005 N) the diffusion coefficients level
off to a constant value at high values of X. Such trends
have been observed recently for coion diffusion in aqueous
Na2SC=4 solutions containing sodium iotacarrageenanze and

sodium alginate.so In NaPSS solutions containing 0.0005 N

NaCl the diffusion ratio DJDp for Cl- levels off at 0.90,

which should be compared with a value of 0.98 for Cl- in
polyelectrolyte-free NaCl solutions of the same concentra-
tion.31 This difference can only be interpreted as a result of
interactions between the chloride ion and the polyelectro-
lyte. At a constant high value of X, where the polyelectro-
lyte concentration is high relative to the NaCl concentra-
tion, the diffusion ratio DJD p increases with decreasing

simple salt concentration. At low X values, the coion diffu-
sion ratio is less dependent on the simple salt concentra-
tion and the diffusion coefficients approximate each other
more closely for all simple salt concentrations. The depen-
dence of the coion diffusion ratio on the simple salt concen-
tration is most pronounced for the Fe(CN)es4- ion; the dif-
ference in the values of DJD p between 0.0005 and 0.01 N

Fe(CN)e4- is approximately 0.2 at high values of X, while

for Cl- or SO42- ions it is less than 0.1. Of particular signif-
icance in our observations is that at a given value of X at

low simple salt concentrations all the coions, regardless of
their charge, interact with the polyion to the same extent;

at high X values in 0.0005 N simple saltDJD p levels off at

0.90, 0.86, and 0.86 for Cl-, SO42-, and Fe(CN)64- coions,

respectively, and at low X values nearly identical diffusion

ratios are obtained.

To note the effect of the viscosity of the solution on the
coion diffusion coefficient, Dci-/D°ci- ratios were deter-
mined using NaPSS of 3 X 106 molecular weight in 0.001 N
NaCl. These were compared with the values obtained for
NaPSS of 70000 molecular weight. At X = 10 in 0.001 N
NaCl the reduced viscosities are 160 and 1.80 dI/g for the
high and low molecular weight samples, respectively. Fig-
ure 4 demonstrates that at low values of X, Dc\-/D°ci~ ra-
tios were the same for both NaPSS samples within the ex-
perimental error. However, at X values greater than six,
the coion diffusion ratios for the higher molecular weight
NaPSS sample were approximately 10% lower. Dolar et
al.32 also observed only a small molecular weight depen-
dence on the electrical conductivity of NaPSS in aqueous
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Figure 1. The dependence of the self-diffusion ratio of chloride ion
on X in NaPSS solutions. The solid line is predicted from Manning's
theory.

Figure 2. The dependence of the self-diffusion ratio for suhate ion on
X in NaPSS solutions. The solid lines are predicted from Manning’'s
theory; the upper line is for monovalent coions and the lower line is
for divalent coions.

Figure 3. The dependence of the self-diffusion ratio for ferrocyanide
coion on X in NaPSS solutions. The solid lines are predicted from
Manning’s theory; the upper line is for monovalent coions, the lower
line is for tetravalent coions.

solution. It is interesting that the mobility of small mole-
cules and ions in a given solvent medium have been found
to be affected only to a small extent by the presence of non-
ionic macromolecules, although the viscosity of the macro-
molecular solution may be much higher than the viscosity
of the polymer-free solution.33

To determine the effect of coion charge on counterion-
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Figure 4. The effect of the molecular weight of two sodium
poly(styrenesulfonate) samples on the self-diffusion ratio of the
chloride ion.

Figure 5. The dependence of the self-diffusion ratio of sodium ion in
sodium poly(styrenesulfonate) solutions containing the sodium salts
of chloride, sulfate, and ferrocyanide ions. The solid line is predicted
from Manning’s theory.

polyion interactions, the diffusion coefficients of Na+ in
NaPSS solutions containing the sodium salts of CI*, SO42-,
or FeiCN)«4"* were also measured. The results are present-
ed in Figure 5. As would be expected from electrostatic
considerations, the counterion is seen to interact with the
polyion more strongly than any of the coions investigated;
i.e., the counterion diffusion ratio is more depressed from
its value at infinite dilution (D%a+ = 1-33 X 10_s cm2/s)
than it is for the coions. From Figure 5 it is evident that the
charge of the coion appears to have no effect on the inter-
action of the counterion with the polyion; the diffusion
coefficient of the counterion is the same whether monova-
lent, divalent, or tetravalent coion is present in the solu-
tion. While the diffusion ratio of the coions is found to be
dependent on the total concentration of polvelectrolyte
and simple salt of the solution, no such dependence is ob-
servable for the counterion, within experimental error,
even in ferrocyanide solutions where the effect was quite
pronounced for the coion. The diffusion ratio of sodium ion
appears to be primarily dependent on the ratio of equiva-
lent concentrations of polyelectrolyte to simple salt, i.e.,
the concentration parameter X .

As mentioned in the introductory material, part of the
stimulation for the present study was Manning’s theory of
polyelectrolytes inasmuch as it predicts different experi-
mental values for counterions and coions of different va-
lence type. Representing the polyion as an infinitely long
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line charge, Manning formulated limiting laws describing
the colligative and transport properties of polyelectrolyte
solutions in the presence and absence of simple salts.19-21
The theory was extended to polyelectrolyte solutions con-
taining monovalent and multivalent counterions and coions
by Manning and Devore.343 Support for the rod-like
model was presented by Schmitt and Varoqui.3 They de-
scribe electrical and mass transport in salt-free polyelectro-
lyte solutions using nonequilibrium thermodynamics and
conclude that the rcd-like model best approximates the ex-
perimental data at high degrees of neutralization.

Central to Manning’s theory is the dimensionless param-
eter £which is related to the charge density of the polyion

£=¢2/ekTh (©)]

where e is the charge on a proton, t is the dielectric con-
stant, k is the Boltzmann constant, T is the temperature,
and b is the distance between adjacent charged groups on
the polyion. At values of £ greater than a critical value £
given by

£ = |zp2i]-1 )

where 2p is the charge of a single charge-site on the polyion
and 21 is the charge of the counterion, counterions con-
dense on the polyion to reduce the charge density to the
critical value. For our sample of NaPSS £= 2.65and ££ = 1.
It then follows that for our system the fraction of charge
neutralized on the chain by counterions is (1 —£ 1) and the
fraction of uncondensed counterions is £ 1. Debye-Hiickel
interactions are assumed between all condensed ions and
the polyion, and for ££ = 1 the diffusion of all uncondensed
simple ions in solution is described by

=1 —"-A(1,£-1X) (5)
]

where D ) is the diffusion coefficient of uncondensed ion i,
D °i is the limiting value at infinite dilution of ion i in the
absence of polyelectrolyte, zt is the charge of the ion i, and
A(1,£-1X) is a function of the effective charge density (Ec =
1) of the polyion and the effective X value (E_1X). The se-
riesA{LE 1X) is

[Tr(m2+ n2) +

M+in+nkx-1-2 (6

Ad.rin) t t

m=—w n=—o
0,0y

where the subscripts 1 and 2 refer to the counterions and
coions, respectively.

Since a fraction of the counterions in solution are con-
densed onto the polyion, the diffusion coefficient of the
counterion D\ is the sum of the diffusion coefficients of the
condensed and uncondensed counterions

Di = (ne+ ns) 1[Di(c,(1-£ + EVWE 'rie+ ns)] (7)

where D \ic) is the diffusion coefficient of the condensed
counterions, which Manning assumed to be equal to zero,
and Di() is the diffusion coefficient of the uncondensed
counterions interacting with the polyion by Debye-Hiickel
forces, given by eq 5. For monovalent counterions, the ex-
pression for the diffusion of the counterion, therefore, re-
duces to the following form

Di/D°i = [(E-'X + 1)/(X + D11 - %A(LE"IX)] (8)
where (E-1X + \)/(X + 1) represents the fraction of total

uncondensed counterions. For the coion, no condensation
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Figure 6. A comparison of the experimental coion self-diffusion ra-
tios extrapolated to zero ionic strength. The solid lines are predicted
from Manning’s theory for monovalent, divalent, and tetravalent
coions.

occurs and the coion diffusion coefficient ratio D2/D@ is
obtained in terms of Debye-Hiickel interactions

D2/D°2=1-~A (1,£ -1X) )

According to eq 9 a large decrease in D2/D°2 (i.e., an in-
crease in coion-polyion interaction) with increasing coion
valence is predicted. The data for the diffusion of the mo-
novalent coion presented in Figure 1 are in excellent agree-
ment with theory, which is given by the solid line, particu-
larly at the lowest concentrations studied. It is evident
from Figures 2 and 3, that for higher-valent coions Man-
ning’s theoretical predictions given by the solid lines do not
adequately describe the experimental findings. The extent
of coion-polyion interaction is greatly overestimated. In
fact, physically unreal negative diffusion ratios are theoret-
ically predicted for coions of valence greater than 2, in the
presence of monovalent counterions. While the Manning
theory predicts a considerable difference in the behavior of
coions of different valence type, our observations indicate
that at low total concentrations of polyelectrolyte and sim-
ple salt the interactions of multivalent coions approximate
those of the monovalent coions.

According to the theory, polyion-simple ion interactions
depend upon the concentration ratio of polyelectrolyte to
simple salt X and not upon the concentration of either. Yet
our observations indicate that the coior. ratio D\/D°\ not
only depends on X, but also on the total concentration of
ionic species, particularly for coions of higher valence type.
Since Manning’s predictions are limiting laws which are
strictly valid in the limit of infinite dilution, where simple
ion-simple ion and polyion-polyion interactions are not
taken into account, it is not surprising that the diffusion
data for Cl- ion agrees more closely with 'heory at the low-
est concentrations than at the higher ones. When X is con-
stant, as nK approaches zero, ne must also approach zero.
Therefore by extrapolating the diffusion data at a constant
X to zero simple salt concentration, the total ionic strength
is also necessarily approaching zero, and such extrapolated
values should serve as a more valid test of the Manning
theory. At a constant value of X a linear relationship is ob-
tained between the diffusion coefficients and the square
root of the concentration of simple salt, thereby allowing
extrapolation to infinite dilution of simple salt. Figure 6 il-
lustrates the comparison of theoretical D JD °; values for
each coion studied and the extrapolated experimental
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TABLE II: A Comparison of Theoretical and Experimental Values of f2Na+tAD°Na+ and 7 Na+ >n NaPSS—NaCl-H O
Solutions of 25° C
Present study
Exptl Theor Rel 38 Ref 37 Ref 39
(D Na+ (w°Na+/ Exptl Exptl Theor Exptl Theor Exptl Theor1
X ~°Nat+)  -°Na+) X yta 7Na+* 7Na+ X TNa+ 7Na+ X TNa+ 7Na+
1 0.76 0.66 1 0.87 0.62 0.65 1 0.65 0.64 2.7 0.47 0.49
5 0.58 0.44 5 0.58 0.43 0.40
10 0.56 0.39 10 0.53 0.40 0.34 10 0.40 0.32
14 0.56 0.37 20 0.49 0.36 0.30 20 0.38 0.28

« Values extrapolated at constant X to zero total ionic strength. * Calculated from extrapolated experimental y + values and

Manning’s theoretical values for 7Ci_.

Figure 7. The dependence-of the self-diffusion ratio of the sulfate ion
on X in sodium poly(acrylate) solution. The solid lines are predicted
from Manning’s theory; the upper one for monovalent coions and the
lower one for divalent coions.

values of D /D°; at constant X values. It can be concluded
that at infinite dilution no specific effects due to coion
charge are operative and that in the absence of simple ion-
simple ion and polyion-polyion interactions all coions in-
teract with the polyion to the same extent, regardless of
their charge, i.e., according to Manning'’s prediction for mo-
novalent coions.

To note if our results are valid for polyelectralytes in
general or are distinct for sodium poly(styrenesulfonate),
diffusion measurements of SCx42_in NaPA solutions at the
same concentration as those of the NaPSS-NaoSC” solu-
tions previously discussed are presented in Figure 7. The
results further substantiate our conclusion that multivalent
and monovalent coions interact with the polyelectrolyte to
the same extent, and that this behavior is not unique for
the poly(styrenesulfonate) polyion. Although a greater
ionic strength dependence is observed than in the case of
the NaPSS solutions, at the lowest concentrations of sim-
ple salt investigated (0.0005 N), Dso4*-/Dso”- was found
to closely approach the Manning limiting law values for
monovalent coions. Furthermore, the extrapolated values
are also in excellent agreement with comparable extrapo-
lated results for SO42- in NaPSS solutions, as seen in Fig-
ure 6. Similar results were recently obtained for the diffu-
sion of SO42- in aqueous Na2So 4 solutions of sodium iota-
carrageenan,29 an ionic polysaccharide containing repeat-
ing sulfate groups, and sodium alginate,3o an ionic polysac-
charide containing repeating carboxyl groups. Thus, it can
be concluded that the interaction of coions with polyions
are independent of the specific nature of the charged
groups on the polvion.

For the counterion, Manning’s theory predicts that the

TABLE I1l: Comparison of I>Na+/T,°Na+ in Aqueous
Solutions with and without Simple Salt Present

Concnh T>Nat 1D ° Na+

range, ne Exptl Theor Mol wt Ref
0.01-0.1« 0.38—0.50« 0.31 40 000 32
0.01-0.1« 0.38—0.50« 0.31 100 000 32
0.01-0.1« 0.38-0.50«  0.31 500 000 32
0.01-0.1« 0.50-0.59 0.35 300 000 40
0.01-0.7« 0.39-0.52 0.33 300 0000 41
0.01-0.15* 0.57 0.38 70 000 This study

« Salt-free solutions. * Salt-containing solutions (X > 4).
« From electric-transport experiments.

charge of the coion should have a negligible effect on the
counterion-polyion interaction. This has been confirmed
by our observations shown in Figure 5. However, while
agreement with the theory is good for low X values, our
data indicate that for higher X values the interaction be-
tween uncondensed sodium ions and the poly(styrenesulfo-
nate) polyion is not as strong as is predicted. While theory
predicts that the diffusion ratio should attain a constant
value of 0.38 at high values of X , experimentally a value of
0.58 is obtained. While quantitative agreement with theory
at high values of X is not good, qualitatively the prediction
that a constant fraction of counterions will remain uncon-
densed has been substantiated as is manifest by the fairly
constant experimental values of D ~ a+/D°jsia+ at X >4.

To further analyze our results of the self-diffusion of
Na+ in aqueous NacCl solutions of NaPSS, use will be made
of reported ionic activity coefficients. Ueda and Koba-
takes7 have measured single ion activity coefficients of
chloride ions yci- and of sodium ions 7 Na+ in aqueous solu-
tions of NaPSS. At a constant value of X, their data show
that 7ci-/7°ci-, the ratio of single ion activity coefficient in
polyelectrolyte solution to that in polyelectrolyte-free solu-
tion is much more strongly dependent on the simple salt
concentration than is 7 Nat+/7 °Na+>he., at X = 10, yci-/y°ci-
= 0.96 for 0.001 N NaCl and 0.83 in 0.01 N NacCl, while
7Na+/7°Na+ = 0.4 and 0.35 for the same concentrations of
NaCl, respectively. This shows a trend analogous to our
diffusion results, as is evident from Figures 1 and 4. AtX =
10, Dci-/D°ci~ ranges from 0.82 to 0.91 and for D ~ a+/D°"a+
no concentration dependence is observed. Mean activity
coefficients y+ for NaCl in aqueous NaPSS-NaCl solutions
determined by Kwakss show that at high values of X, y+ is
not as dependent on the ionic strength as at low values of
X . This is just as one would expect in view of our observa-
tions that diffusion coefficients for chloride ion are depen-
dent on ionic strength and for sodium they are not; at high
X values the sodium ion concentration is high as compared
with that of the chloride ion, while at low values of X the
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concentration of chloride ion approximates that of sodium
ion in solution. Sir.ce it has already been demonstrated
that Manning’s predictions of D\/D°i for Cl- are in good
agreement with experiment, it will be assumed that the
predictions for the coion activity coefficients are equally
good at infinite dilution (the same assumptions were uti-
lized in the derivation of both properties). Therefore, using
the experimental results of Kwak for -+ extrapolated to
zero ionic strength, >Na+ can be calculated using the theo-
retical values of 7 0 - calculated from Manning's theory (eq
47 of ref 19). These calculated values, along with the results
of several other studies, are correlated with our diffusion
measurements in Table Il. It becomes immediately appar-
ent from the data in Table Il that the measured values of
7 Na+are in much better agreement with the Manning limit-
ing laws than are the diffusion coefficients. In salt-free
NaPSS solutions electric transports2 and self-diffusionao 41
data for sodium ions are also higher than predicted by the
Manning theory. This is shown in Table Ill, where the dif-
fusion coefficients of sodium ions in salt-free NaPSS solu-
tions are compared with those obtained in the present
study at high values of X. Such a comparison is valid since
the properties of NaPSS solutions containing simple salt at
high x values should approach those of salt-free solutions
(where X —% °°), Sir.ce the same electrostatic assumptions
were utilized in the Manning theory for predicting both ac-
tivity and'diffusion coefficients it is surprising that the pre-
dictions for counterion activity coefficients agree well with
experiment, while the predictions for counterion diffusion
coefficients do not. This discrepancy leads one to suspect
that the diffusion coefficient of the poly(styrenesulfonate)
polyion may be greater than 10“' cm/s (as is usually ex-
pected for macromolecules), and thus the assumption that
D id is significantly smaller than D]l in eq 7 would not be
valid. This possibility is currently being investigated in our
laboratory.
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Dielectric absorption studies have been carried out on 2,6-dinitrophenol and 2,6-dinitro-4-methylphenol in
a polystyrene matrix and for the latter also in a polyethylene matrix in the 102to 108 Hz range at a variety
of temperatures, and for the former also in p-xylene solution at eight to ten frequencies in the microwave
range at three temperatures. o-Nitrophenol and m -dinitrobenzene have also been examined in the polysty-
rene matrix, and their enthalpies of activation for molecular relaxation are 12.2 and 25.0 kj mol-1, respec-
tively. Evidence has been obtained for hydroxyl group relaxation for the two dinitrophenols in the matrices
with an enthalpy of activation of ~35 kJ mol-1, and the appreciable divergence of this enthalpy of activa-
tion from that of 2,6-dinitrophenol (10.0 kJ mol-1) in the pure solid state could be accounted for in terms

of the crystalline electric field.

Introduction

The hydroxyl group in o-nitrophenol is generally consid-
ered to be in the cis position. In support of this are (a) the
NMR work in o-nitrophenol in carbon tetrachloride,l (b)
the absence of an O-H stretching frequency in the 3600-
cm-1 region,2 and (c) the absence of overtones in the near
infrared.3 In fact, the O-H stretching frequency o: the cis
form is shifted by ~370 cm-1 to lower frequencies, the shift
lying in between that for the o-halophenols (18-105 cm-1),
in which some trans form definitely exists,4 and that for o-
hydroxyacetophenone (~700 cm-1), which appears to be
totally in the cis form. This is borne out by dielectric stud-
ies by Antony and Smyth.5 The o-halophenols have been
regarded as having weak intramolecular hydrogen bonds
while o-hydroxyacetophenone has a strong one.

The strength of the hydrogen bond in o-nitrophenol and
2.6- dinitrophenol has been the subject of different view-
points. From uv absorption Dearden and Forbes6 conclud-
ed that the intramolecular hydrogen bond coulc be ex-
plained in terms of an electrostatic model, that is, there is
no need to postulate the presence of a covalent bond con-
tribution; thus from this viewpoint it is to be inferred that
the intramolecular bond is not a strong one. However,
Flett2 from infrared evidence classified the intramolecular
hydrogen bond in o-nitrophenol to be of medium strength.
The nuclear shielding parameter7 for o-nitrophenol is con-
siderably greater than that for o-chlorophenol, which has a
weak hydrogen bond, and appears to indicate that the
strength of the hydrogen bond in o-nitrophenol is of a simi-
lar order to that in methyl salicylate and significantly less
than that for salicylaldehyde which Flett classified as hav-
ing a strong intramolecular hydrogen bond.

Meakins9 studied the dielectric absorption of a few phe-
nols in the pure solid state with nirro substituents in the 2-,
2.6- , and 2,4,6- positions. No dielectric loss was detected in
2-nitrophenol in the frequency range between 5 Hz and 50
MHz. Two intriguing features from his study on 2,6-dini-
trophenol, when the hydroxyl group relaxed by 180° from
one planar position with the ring to the other, were: (i)
there was an energy difference (AE) between the two pla-
nar forms, (ii) the enthalpy of activation (Ah/V) for the hy-
droxyl relaxation was only 10.0 kJ mol-1, whereas for the
very similar intramolecularly hydrogen bonded molecule,

2,6-dinitro-4-methylphenol, the A/"1is 41.8 kj mol-1. He
tentatively suggested that the reason AE 0 might be at-
tributed to a particular molecule being unsymmetrically
placed with respect to the neighboring molecules in the
crystal lattice. Meakins9 also examined the dielectric ab-
sorption of these phenols in toluene solution at frequencies
between 5 and 50 MHz and found that the loss factor in-
creased toward higher frequencies. He considered that this
loss was due in part to molecular relaxation and possibly
hydroxyl relaxation. It seemed, though, that before definite
conclusions could be made with respect to the hydroxyl re-
laxation in 2,6-dinitrophenol further work was necessary
on: (a) dilute solutions of this in a nonpolar solvent at high-
er frequencies; (b) in the solid state where the influence of
neighboring polar molecules is considerably reduced.

With respect to (a) we chose to examine the dielectric
absorption of 2,6-dinitrophenol in p-xylene solution at sev-
eral microwave frequencies. Particular emphasis was
placed on the high frequencies measurements of about 70
and 140 GHz where the hydroxyl relaxation might have a
bigger contribution than the molecular relaxation process.

With regard to (b) we chose to examine the 2,6-dinitro-
phenol in a polystyrene matrix where a low concentration
of the solute could be monomolecularly dispersed810 and,
hence, any strong internal electric field, for example, in the
crystalline solid, would be largely eliminated.

Experimental Section

The apparatus and procedures employed to determine
the dielectric constants and losses of dilute liquid solutions
in the microwave region at 1-2.5, 9-35, and 70-145 GHz
have been described previously.11-13 Static dielectric con-
stants were measured at 2 MHz using a WTW dipolemeter.

The errors in c¢' and t" by the bridge technique are of the
order of £0.5 and +2%, respectively.l4 For the measure-
ments at 70 and 145 GHz employing a Michelson interfer-
ometer the probable errors of the dielectric constant and
loss are 0.2 and 2°o, respectively.13

The apparatus and procedures employed in the dielectric
measurements on dilute solid solutions in the 102-108-Hz
range and the preparation of a polymer matrix have been
described.15

All compounds were purchased from Aldrich Chemical
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Co. and K & K Laboratory and were dried prior to use. The
2,6-dinitrophenol was purified by Soxhlet extraction fol-
lowed by several recrystallizations from a p-xylene-cyclo-
hexane solvent mixture. Purity was confirmed by agree-
ment of the melting point with the literature value. Further
checks on purity and presence of water were made by ir
and NMR methods.

Results

For the microwave results of the dilute solutions the
evaluation of the high-frequency dielectric constant («,,),
distribution coefficient (a), mean relaxation time (r0), dis-
crete relaxation times (ti and T2), weight factors (Ci and
C2), and dipole moment (n) has been described previous-
ly.16 The use of Debye distributions to analyze the dielec-
tric data of dilute solutions can be defended empirically
and theoreticallyl7 and has been confirmed by experi-
ment.16 If the dielectric data are analyzed into contribu-
tions from two relaxation times, ri and t% the values of the
dielectric constant (fcaicd) and the loss (e"caicd) calculated
from the t]( r2, and C1 values have to correspond with the
measured values within the limits of the appropriate exper-
imental error. In fact, for the systems listed in Table I
there is, in general, good agreement between the calculated
and experimental values within the limits of experimental
error. The likely errors in . «, r1, T2, and C2 have been
considered as have the cases when the Budo analysisi8 may
prove to be unsatisfactory.16 It should be noted that it
might prove equally feasible to analyze the results in terms
of a mean relaxation time («.) and a distribution parameter
(a), where both this approach and the Budo one (i.e., anal-
ysis into « 1, «2, and C\) yield calculated values of the dielec-
tric constant and loss which correspond with the observed
ones within experimental error. However, the Budo analy-
sis is acceptable only if a plausible physical mechanism can
be associated with the evaluated parameters.19

The microwave dielectric data are presented in Table 1.
In Table Il the values of to, a, «,, and «o for 2,6-dinitrophe-
nol in p-xylene are listed.

Figures 1-4 give the dielectric absorption curves for 2,6-
dinitrophenol and 2,6-dinitro-4-methylphenol in polymer
matrices in the 102108-Hz range. The data were analyzed
for a best linear fit to the Fuoss-Kirkwood equation:

cosh-1 («"max/«") = )3(In/mex- In/)

Three parameters obtained were «"mex, the maximum loss
factor of the absorption, «(= « ir/max). the mean relaxation
time characterizing the dipole motion giving rise to the ab-
sorption, and ft the inverse of which measures the width of
the absorption relative to the Debye process. The Fuoss-
Kirkwood ABvalue may be related to the Cole-Cole a value
by an equation given by Poley.20

0 V2 = (1 —a)lcos )(1 —a)ir/A\

In Table 111 the values of «, ft and c"mex are listed.

The energy barrier which must be surmounted in the
motion of the dipole was evaluated in terms of Eyring en-
thalpy of activation, AHel, by assuming that the dipole re-
laxation could be represented by the Eyring rate equation:

Figure 5 gives the log tT vs. T~] plots from which AHel
and ASes, the entropy of activation, are evaluated, and the
relaxation time (Tz200) at 200 K extrapolated (or interpolat-
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TABLEI: Dielectric Constant and Loss Data for
2,6-Dinitrophenol at 293, 313, and 333 K at Several
Microwave Frequencies

10“9 w,
radians
sec”l A nes N eded AN ness N ealed
T = 293 K
888.7 2.28 2.28 0.006 o! 004
444 .4 2.28 2.28 0.008 0.008
220.6 2.29 2.28 0.018 0.016
150.8 2.29 2.28 0.023 0.023
101.8 2.30 2.29 0.036 0.033
58.5 2.31 2.30 0.048 0.048
22.2 2.36 2.35 0.054 0.054
18.9 2.37 2.36 0.050 0.050
14.5 2.38 2.37 0.044 0.043
15.3 2.37 2.37 0.045 0.045
9.4 2.38 2.38 0.032 0.031
6.6 2.38 2.39 0.024 0.023
6.3 2.39 2.39 0.025 0.022
T = 313 K
888.7 2.24 2.25 0.012 0.007
444.4 2.25 2.25 0.011 0.012
150.8 2.26 2.26 0.031 0.031
101.8 2.27 2.27 0.042 0.041
58.5 2.28 2.29 0.050 0.052
15.3 2.35 2.35 0.034 0.035
12.6 2.35 2.35 0.030 0.030
9.4 2.36 2.35 0.024 0.024
7.9 2.36 2.36 0.021 0.021
T = 333K
888.7 2.22 2.21 0.008 0.007
444 .4 2.22 2.21 0.012 0.014
220.6 2.23 2.22 0.029 0.025
101.8 2.24 2.23 0.042 0.041
58.5 2.25 2.26 0.046 0.047
15.3 2.30 2.30 0.030 0.027
15.1 2.30 2.30 0.029 0.027
6.3 2.31 2.31 0.013 0.013

TABLE II: Relaxation Time (<., psec), Distribution
Parameter («), Dielectric Constant at Very High
Frequency (««,), and Static Dielectric Constant (e0)
for 2,6-Dinitrophenol in p-Xylene Solution

at 293, 313, and 333 K

r, k '0 a €30 eo

293 31.1 0.02 2.28 2.391
313 22.4 0.04 2.25 2.362
333 18.0 0.06 2.21 2.311

ed). The free energy of activation AGe* (= A//e; —T ASel)
at 200 K was calculated for every system and listed with
AHel, ASel, and Teoo in Table IV.

Discussion

For 2,6-dinitrophenol in p-xylene solution at 20, 40, and
60°C the distribution parameter (a) is net zero and, in fact,
increases with rising temperature, being 0.02, 0.04, and
0.06, respectively. This increment with rising temperature
is most unusual for solutions of a polar solute in a nonpolar
solvent examined in the microwave region in that where a
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Figure 1. Dielectric absorptions of 0.70 M 2,6-dinitrophenol in poly-
styrene in 102-105-Hz range: O, 176 K; ©, 185 K; 3, 195 K; ©, 205
K; C, 213 K.

Figure 2. Dielectric absorptions of 0.40 M 2,6-dinitrophenol in poly-
styrene in 104-108Hz range: O, 225 K; ©, 240 K; 3, 255 K; ©, 270
K; C, 285 K.

Figure 3. Dielectric absorptions of 0.45 M 2,6-dinitro-4-methylphenol
in polystyrene in 102-105Hz range: O, 186 K; O, 191 K; 3, 196 K;
©, 201 K; ©, 206 K.

log f(Hz)

Figure 4. Dielectric absorptions of 0.02 M 2,6-dinitro-4-methylphenol
in polyethylene in 102-10s-Hz range: O, 186 K; ©, 191 K; 3, 196 K;
©, 201 K; ©, 206 K.
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TABLE Ill: Relaxation Time (¢, sec), Distribution
Parameter (/?), and Maximum Dielectric Loss (t" max)
for Some Intramolecularly Hydrogen Bonded Phenols
and m-Dinitrobenzene in Polymer Matrices at a
Variety of Temperatures

103
T, K 1061 p 2" max
0.70 M 2.6-Dinitrophenol in Polystyrene
176 243 0.30 60.9
185 93.0 0.32 65.5
195 38.2 0.31 68.4
205 11.7 0.32 73.4
213 5.53 0.33 77.1
0.40 M 2,6-Dinitrophenol in Polystyrene
225 0.802 0.38 40.1
240 0.301 0.39 42.6
255 0.097 0.39 46.5
270 0.046 0.42 49.3
285 0.019 0.45 53.1

0.45 M 2,6-Dinitro-4-methylphenol in Polystyrene

186 148 0.27 45.0
191 83.8 0.27 46.4
196 44.7 0.27 48.0
201 27.2 0.25 49.4
206 15.7 0.25 50.7

0.02 .1/ 2,6-Dinitro-4-methylphenol in Polyethylene

186 171 0.30 3.1
191 95.1 0.31 3.1
196 41.9 0.34 3.3
201 28.6 0.34 3.3
206 17.7 0.35 3.4

0.53 M o-Nitrophenol in Polystyrene

91 455 0.14 12.9
100 107 0.14 14.9
105 67.8 0.13 15.9
110 23.8 0.13 16.8
115 15.1 0.14 18.1
119 7.90 0.14 18.9
129 2.68 0.14 18.4

0.58 M i/i-Dinitrobenzene in Polystyrene

136 1310 0.17 15.8
146 537 0.16 17.0
156 64.4 0.19 19.4
166 45.9 0.17 19.5
176 9.20 0.18 21.5
211 0.637 0.24 23.7
225 0.127 0.21 25.6
240 0.067 0.28 29.1
255 0.035 0.29 32.8

molecular and a group relaxation occur, a decreases with
increasing temperature. As far as we are aware, this also
applies to literature data. Magee2l also found a nonzero
distribution parameter for 2,6-dinitrophenol in p -xylene at
25, 37.5, 50, and 60°C. However, he employed only four mi-
crowave frequencies, the highest of which was 70 GHz,
whereas our measurement has been made with eight to ten
microwave frequencies, the highest of which is 145 GHz.
There would seem little doubt that the distribution param-
eter is not zero in the temperature range examined and
that it increases with increasing temperature.
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TABLE IV: Activation Parameters and Relaxation
Time at 200 K for Some Intramolecularly Hydrogen
Bonded Phenols and m-Dinitrobenzene in

Polymer Matrices

AHj*,  AS",  AG00>
kJ JK'1 kJ
mol"l mol"l mol"l 7200, S€c
2,6-Dinitrophenol 357 +29.0 29.9 153 X 10'6

in polystyrene
2,6-Dinitro- 35.2

4-methylphenol

in. polystyrene
2,6-Dinitro- 36.4

4-methylphenol

in polyethylene
o-Nitrophenol 12.2

in polystyrene
w;-Dinitrobenzene

in polystyrene

+21.2 31.0 28.8 X 106

+26.6 31.1 30.9 X 10"6

-37.3 19.7 0.03 X 10G

25.0 - 2.6 25.5 1.08 X 10-6

Figure 5. Eyring plots for activation energy in some systems: O,
2,6-dInitrophenol-polystyrene; ©, 2,6-dInltro-4-methylphenol-poly-
styrene; 3, 2,6-dinitro-4-methylphenol-polyethylene; ©, o-nltrophe-
nol-polystyrene; ©, m-dinitrobenzene-polystyrene.

Budo analyses were attempted for our three tempera-
tures and for Magee’s four temperatures by a procedure
outlined previously.16 No meaningful analyses with a con-
stant Ci value were obtained for all seven temperatures.
Our three sets of data could be analyzed for a C2 ~ 0.15,
whereas Magee’s had C2values ranging from 0.4 to 0.15. In
any case, according to Crossley, Tay, and Walker16 little re-
liance can be placed on the r2value from the Budo analysis
when Ci » C2 Thus, although it is possible for 2,6-dinitro-
phenol in p-xylene solution that both molecular and group
relaxation processes contribute to the dielectric absorption
in the microwave region, the latter process cannot be re-
garded as having been established. Two feasible explana-
tions of the nonzero distribution parameter values could be
(a) both molecular and group relaxation processes occur,
(b) molecular interaction with a variety of local environ-
ments. The latter case b would, however, seem the less
probable as one might expect the variety of local environ-
ments to decrease with increasing temperature. In case a
though, an increase in the ti/e2 ratio with increasing tem-
perature could account for the increasing a value, and this
could occur if AH2* » AH~.

The enthalpies of activation for 2,6-dinitrophenol and
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m -dinitrobenzene in a polystyrene matrix are 35.7 and 25.0
kJ mol-1, respectively, while for o-nitrophenol it is 12.2 kJ
mol-1. The wide frequency range, 102-108Hz, employed in
this study gave good linear plots (see Figure 5) of log rT vs.
T-1, even though two different types of apparatus and cells
were employed in the frequency ranges of 102105 and
104108 Hz. For these measurements the error in AH e 8
less than +10% since the error in log /mex from a Fuoss-
Kirkwood analysis is less than =0.1. This magnitude of
error is of the same order as that quoted by Davies and
Swain.10

The enthalpy of activation of 12.2 kJ mol-1 for o-nitro-
phenol is to be compared with a value of 16.4 kJ mol-1 for
o-dichlorobenzenelO in a polystyrene matrix where the two
solute molecules are fairly similar in size and shape. In view
of this and of Meakin’s finding that o-nitrophenol in pure
solid state gave no dielectric loss, the dielectric absorption
observed in the polystyrene would seem attributable to mo-
lecular relaxations. This is also supported by its much
smaller AHyJ value compared with those of the two dini-
trophenols in the matrix. Higasi2 considered 120 sub-
stances for which AHe*and A.SV are available for molecu-
lar relaxation processes and tentatively postulated that
“ASe*is zero or has a negative value, if AHe* is below 13.4
kJ mol-1 ”. Thus, negative entropies of activation are well
known for molecular relaxation process, and four cases re-
cently reported for polar solutes in a polystyrene matrix are
cyclohexyl chloride, cyclohexyl bromide, anthrone, and
camphor, where the AS1 values are —12.6, —20.0, —33.5,
and —31.4 JK-1 mol-1, respectively.810

2,6-Dinitrophenol and m -dinitrobenzene are almost
identical in shape and size and have dipole moments of 3.89
and 3.86 D in benzene solution at 298 K, respectively.23
Each would be expected to have a similar enthalpy of acti-
vation for molecular relaxation. However, the value for
2.6- dinitrophenol is 10.7 kJ mol-1 greater than that for the
rigid m -dinitrobenzene which would not be expected if the
process were molecular relaxation in each case. Enthalpies
of activation for molecular relaxation in a polystyrene ma-
trix are very sensitive to the- length of the molecule on the
long principal axis; for -example, the enthalpies of activa-
tion of iodobenzene, p-bromotoluene, and 4-bromobiphen-
yl are 24.1, 30.0, and 59.9 kJ mol-1, respectively (Morgan,
Lakshmi, and McLellan, private communication, this labo-
ratory). Thus, the fact that both 2,6-dinitrophenol and
2.6- dinitro-4-methylphenol have observed enthalpies of ac-
tivation of ~35 kJ mol-1 rules out their being attributed to
molecular relaxation since the latter molecule is a 2,6-dini-
trophenol in which a para substituent has been inserted
and thus it would have a considerably bigger enthalpy than
the 2,6-dinitrophenol for molecular relaxation. Further,
witness the study by Silver and Wood24 on benzaldehyde
and its ring substituents, the insertion of a p -methyl group
would appear to have very little influence on the barrier to
group rotation. A comparison of the similar relaxation
times at 200 K for 2,6-dinitrophenol and 2,6-dinitro-4-
methylphenol, which are 1.53 X 10-5 and 2.88 X 10-5 sec,
respectively, strongly favors the group as opposed to molec-
ular relaxation. A further experiment was carried out to
distinguish between a molecular and an intramolecular
process for the 2,6-dinitro-4-methylphenol by examining it
in a polyethylene matrix. A molecular process exhibits ap-
preciable variation in relaxation time and enthalpy by such
a change in local environments, whereas an intramolecular
process such as relaxation of a small hydroxyl group may
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be expected to be reasonably independent of such a modifi-
cation. The enthalpy of activation was 36.4 kJ mol-1 and
the T20 = 3.09 X 10-5 sec. Hence, this close similarity to
the results in polystyrene strongly favored an intramolecu-
lar process. Thus, the most reasonable interpretation of our
data is that hydroxyl relaxation occurs in both 2,6-dinitro-
'jihénol and the corresponding p -methyl substituted mole-
cule. The absence of the molecular relaxation is similar to
the findings of Davies and Swain,10 using similar tempera-
ture and frequency ranges, namely, that out of the ten
flexible molecules which they examined only two yielded
the molecular relaxation process, although the intramolec-
ular one was detected in each case. These authors have in-
dicated why the molecular process was not detected under
the given conditions.10

A value of 35 kJ mol-1 for hydroxyl relaxation in 2,6-di-
nitrophenol and 2,6-dinitro-4-methylphenol in the matrix
would seem reasonable for comparison with the value of

41.8 kJ mol-1 obtained by Meakins9 for hydroxyl relaxa-

tion in 2,6-dinitro-4-methylphenol in the crystalline solid,
whereas the value of 10.0 kJ mol-1 obtained by Meakins9
for 2,6-dinitrophenol in the crystalline solid is hardly expli-
cable in terms of group relaxation without invoking some
additional factoy. In fact, the suggestion by Frohlich2 that
there is probably a variation in the barrier height in crys-
talline solids resulting from the varying relative positions
of neighboring molecules would seem to be the most likely
reason for the difference in behavior between the matrix
and the crystalline solid.

It would seem likely that for 2,6-dinitrophenol in poly-
styrene that hydroxyl relaxation occurs from one planar
hydrogen bonded position to the other. Thus, the transi-
tion takes place over an energy barrier which is strongly de-
pendent on the energy required to break the intramolecular
hydrogen bond. From the magnitude of its enthalpy of acti-
vation it would appear that the intramolecular hydrogen
bond in 2,6-dinitrophenol is much closer to being a strong
hydrogen bond than a weak one.
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As part of a search for new palladium alloys with attractive permeation characteristics for hydrogen iso-
topes, alloys containing 9.3,16.8, and 24.2 atom % chromium were evaluated in the temperature range from
322 to 449 K. The permeation coefficient, diffusion coefficient, and hydrogen solubility were all found to
decrease with increasing chromium content. The solubility was found to obey Sievert’s law in all alloys.
The permeation coefficients deviated slightly from classical diffusion-controlled behavior. These devia-
tions are attributed to slow molecular dissociation and adsorption of hydrogen on the surface at low pres-
sures. In some preliminary experiments at high pressure, the Pd-16.8 atom % Cr alloy retained its structur-
al integrity while a commercially available Pd-25 atom % Ag alloy was susceptible to cracking and blister-

ing.

Introduction

Palladium has the scientifically interesting and practi-
cally important characteristic of having a very high perme-
ation rate for hydrogen isotopes. At low temperatures and
moderate hydrogen pressures, however, a phase change oc-
curs on hydrogen absorption which adversely affects the
mechanical properties of palladium. A number of Pd alloy
systems have been studied for improved permeation and
mechanical properties (see as examples ref 1-12). Alloying
of palladium with silver has led to greatly improved prop-
erties,1 and a Pd-25 atom % Ag alloy is now used commer-
cially for hydrogen isotope purification and separation pro-
Cesses.

Because of the highly catalytic nature of Pd and Pd al-
loys, surface poisoning by impurities is a concern, particu-
larly at low temperatures. For this reason, prior to 1965
there had been rather poor agreement between various in-
vestigators who measured permeation constants for hydro-
gen in Pd and Pd-Ag alloys. More recently, Holleck,8 for
example, has succeeded in obtaining permeation, diffusion,
and solubility data which are internally consistent and free
from anomalies attributable to surface defects.

Nearly all the published data are based on measure-
ments made at pressure differentials less than 1 atm. A no-
table exception is the work of Ackerman and Koskinas,7
who measured permeation rates through Pd-25 atom % Ag
alloy tubes at high pressure and a temperature of 673 K.
Our calculations show that if Holleck’s results8are extrapo-
lated by Sievert’s law to a pressure of 68 atm, the agree-
ment with Ackerman’s results is within a few percent.

The only related work in the past on Pd-Cr alloys was
done by Loebich.3 He found that foils containing 5.0-26.5
atom % chromium were warp and fissure resistant when
used for hydrogen purification at high temperatures. No
permeation data were published by Loebich.

In the work described here, permeation and diffusion
coefficient data were obtained for alloys containing 9.3,
16.8, and 24.2 atom % chromium. Some direct measure-
ments of the hydrogen solubility and the pressure depen-
dence of the permeation rate were obtained at one temper-
ature, 449 K.

Experimental Section

The experimental alloys were prepared by arc melting
buttons from mixtures of the two metals. The buttons were
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inverted and remelted several times to produce homoge-
neous material. The alloy compositions were obtained by
chemical analysis. Hot and cold rolling were used to break
up the cast structure and obtain the desired sheet thick-
ness of approximately 0.06 cm (23 mils). Specimens in the
form of disks approximately 2 cm in diameter were cut
from the sheet, polished metallographically, and washed
with distilled water and ethyl alcohol. The cold-rolled disks
were sputter-cleaned before mounting in the permeation
apparatus. One sample of each composition was used.

Permeation and diffusion coefficients were determined
in an all-metal ion-pumped vacuum system using a gas per-
meation technique. The specimens were placed between
two 0.10-cm thick copper gaskets, which in turn were
placed between two Varian mini-conflat fittings. The as-
sembly was bolted into the permeation apparatus and en-
closed in a 7.6-cm diameter copper heat sink. The hydrogen
pressure on the upstream side of the sample was held con-
stant from 0.13 to 13 kPa (1 to 100 mmHg) by a servo-con-
trolled leak valve receiving feedback from a capacitance
manometer. Before admission to the upstream side of the
system, the hydrogen was purified by passage through a
heated Pd-25 atom % Ag tube. Hydrogen permeating into
the downstream volume, which was continuously pumped,
was detected by either a quadrupole mass spectrometer or
an ionization gage. Permeation rates were determined by
comparison with calibrated orifice leaks, while diffusion
coefficients were determined by least-squares fits to the
time-dependent hydrogen flux.

Solubility measurements were made by sealing speci-
mens in glass capsules with known quantities of hydrogen
gas. After holding for sufficient time to reach the equilibri-
um solubility at 449 K, the capsules were quenched in lig-
uid nitrogen. The amount of hydrogen remaining in the gas
phase was then measured volumetrically, and the amount
of hydrogen absorbed by the specimens was measured after
heating under vacuum to release the gas.

Results

Permeation. The temperature dependence of the steady-
state permeation coefficient of hydrogen in the experimen-
tal alloys is shown in Figure 1 in the form of Arrhenius
plots. Results obtained by Holleck8 for unalloyed Pd and
Pd-25 atom % Ag are shown for comparison. The experi-
ments were all performed with an upstream pressure of
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TEMPERATURE CO

Figure 1. Temperature dependence of the permeation rate of hydro-
gen in Pd-Cr alloys.

13.33 kPa (100 Torr). As will be discussed later, there was a
slight dependence of the permeation coefficient on pressure
at 449 K. Figure 1 shows that the permeation coefficient
decreases and the temperature coefficient of permeation
increases with increasing chromium content. Least-squares
calculations were used to obtain equations for the results in
the form

+= 0o exp(—EU7iT) ()]

Values for 00Oand for each alloy are given in Table I.
The <o values are within approximately a factor of 2 of
each other, and E o increases approximately linearly with
chromium content.

Diffusion. Corresponding data (determined at 13.33 kPa
upstream pressure) for the temperature dependence of the
diffusion coefficients are plotted in Figure 2. Again the dif-
fusion coefficient decreases and the temperature coefficient
for diffusion increases with increasing chromium content.
The values of bo and e d from equations of the form

D=DOexp(-ED/RT) %3]

are given in Table I. The Do values are nearly the same for
all alloys, and the e o« values increase linearly with chromi-
um content. At 100 Torr upstream pressure the time-de-
pendent hydrogen flux compared very well with the theo-
retical curve obtained by solution of Fick’s second law.

Solubility. Experimental measurements of hydrogen sol-
ubility were made only at a single temperature (449 K).
The data are plotted in Figure 3 as hydrogen concentration
Vvs. p12 to show conformance to Sievert's law. Only one
value was obtained for the 24.2 atom % Cr alloy because the
solubility was so low. A line corresponding to Holleck’s re-
sults8 for unalloyed Pd is given for comparison. His results
were checked with our technique and the agreement was
good; our value of 3.19 cm3 Hz/[cm3 metal kPal/Z] was 5%
less than a value of 3.36 obtained from Holleck’s data.

A summary of the data obtained at 449 K for the varia-
tion of permeation coefficient, 0, diffusion coefficient, b,
and solubility, S, with chromium content is given in Figure
4. Equations fitted to the results are

log 0 = -4.68 - 0.120(% Cr) 3
logd = -5.15 - 0.069(% Cr) )
logS = +0.47 -0.05 I(%Cr) ®
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TABLE I. Diffusion and Permeation Constants for
Hydrogen in Pd and Pd Alloys
Alloy compo-
sitions Po" EOb °oC e Db
Pd—25
atom % Agd 7 x 10“4 7.96 2.2 x 10~3 23.03
Pdd 1x 10~3 13.65 29 x 10“3 22.02
Pd—9.3
atom % Cr 9x 10-4 23.49 1.0 X 10~3 23.87
Pd—16.8
atom % Cr 2Xx 10’3 34.71 1.0 X 10~3 28.72
Pd—24.2
atom % Cr 1Xx 10~3 42.12 1.3 X 10"3 32.66

a0oincm3H,(STP)/sec cm (kPa)A *EO0 and £ D in KJ/
gatom, rflj in cm2sec. d Reference 8.

TEMPERATURE CC)

Figure 2. Temperature dependence of the diffusion coefficient of hy-
drogen in Pd-Cr alloys.

PRESSURE {mm Hg)

Figure 3. Hydrogen solubility in Pd-Cr alloys at 449 K.

Pressure Dependence of Permeation. As alluded to ear-
lier, variation of the upstream pressure during permeation
measurements at 449 K showed a relatively small but sys-
tematic effect on the permeation coefficient, 0. In princi-
ple, 0 contains a p 12 term to make it a pressure-indepen-
dent parameter. The observed effect of pressure on the per-
meation flux, J, is shown in Figure 5 in the form log J vs.
log p. The linear behavior corresponds to a pressure depen-
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Figure 4. Permeation coefficient, diffusion coefficient, and solubility
of hydrogen as a function of chromium content in Pd-Cr alloys at
449 K.

PRESSURE  (mm Hg)

Figure 5. Permeation flux of hydrogen as a function of pressure in
Pd-Cr alloys at 449 K.

dence of the type J = Apn, where n = 0.53 for 9.3 atom %
Cr, 0.61 for 16.8 atcm % Cr, and 0.65 for 24.2 atom % Cr.
The uncertainty in n is believed to be +0.03. Values for n
would probably vary with temperature.

Additional lines are shown in Figure 5 for fluxes comput-
ed from the relation = Jpl/2=DS, with U and S values
taken from Figures 2 and 3. The differences between the
computed and experimentally determined results are be-
lieved to be deviations from strictly diffusion-controlled
permeation. Extrapolation of the results for the 16.8 and
24.2 atom % Cr alloys to higher pressures indicates that the
experimental and computed lines should meet at pressures
of a few atmospheres. As will be discussed, the deviations
from classical behavior may be attributed to slow adsorp-
tion and/or dissociation of hydrogen molecules on the sur-
face at low pressures.

High Pressure Experiments. A few experiments were
performed at high pressure to investigate structural integ-
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Figure 6. (a) Pd-25 atom % Ag specimen (75X) and (b) Pd-16.8
atom % Cr specimen (75X) after exposure to 50 MPa H2 at 373 K
for 2 days.

rity of the alloys. These tests consisted of exposing speci-
mens of the commercial Pd-25 atom % Ag alloy and the ex-
perimental Pd-16.8 atom % Cr alloy at 373 K to a hydrogen
pressure of 50 MPa. After holding under these conditions
for 2 days, the specimens were examined metallographical-
ly for structural damage. As can be seen in Figure 6a and
6b, there was no evidence for damage in the Pd-16.8 atom
% Cr specimen, but the Pd-25 atom % Ag specimen was
badly cracked, due presumably to excessive swelling.

Discussion

In many permeation studies, the permeation and diffu-
sion coefficients are determined independently, and the
solubility is computed from the S = <j>D relationship. In
our results, if the small pressure dependence effect is ne-
glected, equations for S for the various alloys determined
from 4>/D for a pressure of 13.33 kPa (100 Torr) are

Oatom % Cr8 S = 0.3exp(+8.37/RT) 6)

9.3 atom % Cr S = 0.9exp(+0.38/RT) @)

16.8 atom % Cr S = 20exp(—5.99/RT) ()

24.2 atom % Cr S = 0.8exp(-9.46/RT) )

S is given in units of cm3H2(STP)/[cm3alloy kPal/2], and
the constant in the exponential term is in kJ/g atom. The
solubility decreases with increasing chromium content, and
the temperature coefficient changes sign, becoming more
negative with increasing chromium content. A change in
sign of the temperature coefficient of solubility was also
observed in the Pd-Ni system.10

Table Il shows a comparison of the solubility values
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TABLE II: Comparison of Hydrogen Solubility Values at
449 K Measured Directly and Computed from <p/Da

Atom % Cr S (measd) S (compd)
9.3 0.95 0.81
16.8 0.54 0.40
24.2 0.12 0.06

a S is'-given in units of cm3H2STP)/[cm3alloy kPa¥J].

computed from eq 7-9 with values measured experimental-
ly at 449 K. The agreement is reasonably good for the first
two alloys. For the third alloy, the agreement is not as
good; the measured value may be in error because of the
difficulty in measuring the lower hydrogen concentration.

Rapid advances are being made in applying band theory
to explain hydrogen solubility in metals.13 Hydrogen solu-
tion in palladium can be considered basically to follow the
proton model, in which the hydrogen electrons go into ex-
isting holes in the palladium d bands. In fact, 0.4 electrons
per Pd atom can be accommodated in these holes,14 but an-
other 0.3 electrons per Pd atom go into new hydrogen-
metal hybrid states created by the presence of hydrogenl5
(a feature of the anion model). Now, when the palladium is
alloyed with another metal, the Fermi energy will change,
causing either a decrease or increase in the number of holes
in the d bands, depending on the metal added.

Using a rigid band approach, one would predict that the
Fermi energy would increase with silver additions, i.e., the
density of states at the Fermi energy would decrease.16 If
this occurred, the hydrogen solubility should decrease
when silver is added to palladium. Experimental data show
that the opposite occurs, so it is probable that silver addi-
tions create hybridized S-like bands below the Fermi ener-
gy (as hydrogen does in yttrium17), thereby providing effec-
tively for more holes in the palladium d bands.

In the Pd-Cr system, a rigid band model could produce
either an increase or a decrease in electron holes in the d
band, depending on whether the Cr bands were Pd-like or
the Cr electrons had to be put into existing holes in the pal-
ladium d band. Our experimental results suggest that some
Cr electrons go into Pd d-band holes, since a decrease in
hydrogen solubility is observed.

The solubility effects observed here can also be discussed
in terms of a thermodynamic “interaction parameter” for-
malism developed for liquid iron alloys.18 A large number
of interaction parameters have been compiled for comput-
ing the effect of one alloying element on the solubility of
another in liquid iron. While the model applies also to solid
solutions, a compilation has not been made of available
data.

In the interaction parameter model, the activity coeffi-
cient, y, of a constituent in a ternary or multicomponent
alloy is expressed as a series of terms. For the Pd-Cr-H
system, the expression for yn is

IN7h = I>7H® + <thNh + fHONCcr (10)

where 7h° is the activity coefficient of hydrogen at infinite
dilution (hh = &In 7h/3MNh, «Hr = aIn yu/aNcr, and the
N ’'s are concentrations in atom fraction. This model is
strictly applicable only to very dilute solutions, but in prac-
tice it has been used successfully for moderately concen-
trated solutions. If 7h is defined as Phj/Wh, it can be
shown from the data for 449 K in Figures 3 and 4 that eq 10
reduces to

In7h =357+ 11.9Ncr (11)
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The second term in eq 10 is zero, which foLows from Siev-
ert’s law, and the Cr-H interaction coefficient ch, is found
to be +11.9. This value represents a relatively strong ther-
modynamic interaction of the repulsive type between Cr
and H.

Equation 11 can be used to compute hydrogen solubility
values for various hydrogen pressures and chromium con-
centrations at 449 K. There is some risk, however, in using
the equation outside the range of the experimental mea-
surements, especially for higher hydrogen pressures and
higher chromium concentrations.

With respect to the diffusion coefficient data, the ob-
served effects can be explained in terms of contraction of
the crystal lattice of palladium by chromium. Hydrogen is
known to dissolve interstitially in metals, so one of the pa-
rameters which affects the ease of migration of hydrogen in
the material is the size of the interstitial holes. Grube and
Knabel9 have shown that the lattice parameter of palladi-
um decreases continuously with additions up to 60 atom %
chromium. Thus there is a correlation between contraction
of the crystal lattice and lowering of the diffusion coeffi-
cient of hydrogen in Pd-Cr alloys. The size of the effect in
Pd-Cr alloys is approximately the same as reported for
Pd-Rh alloys.l1

It is not felt that the size of interstitial holes is the only
parameter of importance in affecting hydrogen diffusion
rates. Band theory might shed more light on diffusion ef-
fects, but any conclusions drawn at the present time would
be more speculative than for solubility effects and will not
be attempted here.

Another topic that merits discussion is the pressure de-
pendence of the permeation rate. The observation that the
permeation rate at low pressures is lower chan one would
predict from the solubility and diffusion coefficient could
be due to any one of several possible effects: (i) insufficient
flux of hydrogen molecules impinging on ohe surface, (ii)
low sticking coefficient of hydrogen,20 (iii) deviations from
Sievert’s law behavior, (iv) slow dissociation of molecules to
form chemisorbed hydrogen atoms. When calculations were
made and consistency with the experimental results exam-
ined, explanations based on (i), (ii), and (iii) were dis-
missed. The formation of chemisorbed hydrogen on the
surface appears to be the only process which is affecting
the permeation rate. Smithells and Ransley2l observed
similar effects at low pressures and interpreted their re-
sults with the aid of the Langmuir adsorption equation.
Our results in Figure 5 and those of others follow a so-
called parabolic adsorption isotherm in which the volume
of gas adsorbed varies logarithmically with pressure.2223

It should be mentioned that the presence of chromium in
palladium could play a significant role in acsorption behav-
ior, particularly if the concentration of chromium atoms at
the surface is higher than in the bulk due to surface energy
considerations. Another potentially important effect is the
presence of impurities on the surface. Auger spectroscopy
showed the presence of sulfur, oxygen, and carbon on the
specimen surfaces, all of which could reduce the sites avail-
able for hydrogen adsorption.

It is of interest to examine the pressure dependence ef-
fect using a chemical reaction model. The reaction under
study is

Hz2 (gas) ~ 2H (adsorbed)

The overall rate of this reaction is the difference between
the rates of the forward and reverse reactions:
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J = kiPH2~ k 2[H]2 12)

where k\ and k2 are rate constants and [H] is the concen-
tration of hydrogen at the surface. At steady state, the
overall rate of the chemical reaction must be equal to the
permeation flux through the specimen. [H] will in general
be lower than the value obtained from Sievert’s law for the
same pressure, and it can be evaluated from the measured
permeation flux, specimen dimensions, and diffusion coef-
ficient.

This model was tested by using two experimental data
points to evaluate k\ and k2 from simultaneous equations
derived from eq 12. In Figure 7, the curve obtained from
the model is compared to the experimental curve. Even
though the model is probably oversimplified, the agree-
ment is rather good. The _agreement was nearly the same Figure 7. Comparison of pressure dependence of permeation flux
when the model was applied to the data for the Pd-16.8 with model for slow surface reaction.
atom % Cr alloy. It should be mentioned that at higher
pressures, the [H]2 term dominates, the computed curve
passes through- a maximum and the model can no longer
apply.

The last topic to be discussed is the behavior of palladi-
um alloys under conditions of high hydrogen pressure and
relatively low temperature. In unalloyed palladium at tem-
peratures below approximate|y 673 K, a hyd”de phase Acknowledgments. The authors wish to aCknOWIedge D.
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drogen molecules had a slight effect on the overall rate. In a
few hydrogen absorption experiments at 373 K and 50 MPa
H2, it was found that Pd-25 atom % Ag is susceptible to se-
vere cracking while Pd-16.8 atom % Cr is not.

it is known that silver has a beneficial effect on the struc-  C. Keeton for comments on the application of band theory.
tural integrity of palladium when it is thermally cycled in a
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Ultrasonic and Laser Temperature-Jump Studies of the Nickel
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Shoji Harada, Tatsuya Yasunaga,* Kiyoshi Tamura, and Nobuhide Tatsumoto

Department of Chemistry, Faculty of Science, Hiroshima University. Hiroshima 730, Japan (Received April 7, 1975

Ultrasonic absorption measurement of nickel acetate solution revealed two relaxation phenomena; one is in
the kHz and the other in the MHz frequency range. The kHz frequency range relaxation phenomenon was
studied in detail by the laser T-jump method. This relaxation phenomenon was interpreted by the stepwise
complex formation mechanism. Rate constants and activation parameters obtained suggest that the rate-
determining step of complex formation is the dehydration process of nickel ion. Results for the nickel com-
plexes of acetate, propionate, butyrate, and /S-chloropropionate indicate that the dissociation rate con-
stants and the stability constants for the monocarboxylate complexes are intimately related to the acid dis-
sociation constants of the protonated ligands. The MHz frequency range relaxation phenomenon was stud-
ied by sound absorption as a function of initial concentration of nickel acetate, acetate, and nickel ion con-
centrations, pH, temperature, and also in different solvents. The relaxation absorption was attributed to
an intramolecular conversion of the nickel monocarboxylate complex and the rate constants and the activa-
tion parameters of this fast reaction were determined. Studies were also carried out for the nickel com-

plexes of propionate, butyrate, acrylate, chloroacetate, and /3-chloropropionate.

Introduction

In previous papers,i-5 the authors studied the com-
plexing reactions of many kinds of bidentate carboxylate
complexes of nickel(ll) by the. pressure-jump method. In
order to clarify the detailed mechanism of these reactions,
kinetic informations on more simplified systems, i.e., mo-
nocarboxylate complexes, have been required. Few kinetic
studiess have been carried out on the nickel monocarboxy-
late complex formation reactions, because of the lability of
the complexes and the rapidity of the reactions in compari-
son to those of dicarboxylates.-

The present ultrasonic absorption measurement of nick-
el acetate solution in the wide frequency range has revealed
not only a relaxation absorption in the kHz frequency
range but also another one in the MHz frequency range.
The relaxation phenomenon of nickel acetate solution in
the kHz frequency range was also observed by the laser T -
jump method by Hoffmann et al.7 and Koffers but no sys-
tematic studies have been carried out. Nevertheless, the re-
laxation absorption of nickel carboxylate solution in the
MHz frequency range is particularly interesting since the
absorption occurs in the frequency range a few orders high-
er than that expected from the ordinary complex formation
reactions of the nickel(ll) ion and will provide some kinetic
information on the very fast reaction in nickel carboxylate
solution. This relaxation absorption has been reported by
some workers. Jackopin et al.9 and Atkinson et al.10 have
observed the relaxation absorption, but the relaxation fre-
quency was below their measurable frequency range. Garza
and Purdie1r have also observed relaxation absorption but
their frequency range was so restricted that the data were
not precise enough to elucidate the relaxation mechanism.

The purpose of this paper is to assign these two relaxa-
tion phenomena and to obtain the kinetic parameters of
the complex formation reactions. This information contrib-
utes not only to the elucidation of the reaction mechanism
of monocarboxylate complexes but also aids in better un-
derstanding of the complicated reaction mechanism of di-
carboxylate complexes.

Experimental Section

Samples. All chemicals used were of reagent grade and
were used without further purification. Deionized water
was used for aqueous solutions.

Sample solutions for ultrasonic studies were prepared as
follows. Nickel acetate solution was prepared from
NiiNOah and sodium acetate. Other nickel carboxylate so-
lutions were prepared from Ni(NC>3)2 and the correspond-
ing carboxylic acids. The pH of the solution was adjusted
to 6.0-6.5 by the addition of NaOH and HNO3 solutions.
lonic strength, p, was kept constant at p = 2 with some ex-
ceptions, by the addition of NaNO.i.

Sample solutions for the laser T-jump studies were pre-
pared with care to avoid contamination of the nonreacting
ions as follows. Nickel acetate solutions were made from
nickel acetate. Nickel propionate, butyrate, and j3-chloro-
propionate solutions were prepared from NiSO.» and the
equivalent amount of corresponding carbcxylic acids. By
addition of Ba(OH)z, sulfate ion was precipitated out as
BaSC>4. The pH was about 6.5 where most of the ligand is
in the dissociated form. Each solution studied was pre-
pared by diluting the stock solution to the desired concen-
tration. No supporting electrolyte was added in order to
avoid the decrease of the sensitivity of the conductivity
bridge. Prior to the measurements, sample solutions were
degassed by sonoration with a 400-kHz transducer under
reduced pressure in order to avoid the cavitation effect
caused by laser light.

Ultrasonic Measurements. Ultrasonic absorption was
measured by the following two methods. In the frequency
range 10-100 kHz, the reverberation method was used and
in the frequency range 3.5-95 MHz, the pulse method was
used. They are described elsewhere.i2 The velocity of
sound was measured at 1.92 MHz by the sing-around meth-
od. The temperature was controlled to 0.01°C. Relaxation
absorption spectra were represented by the single-relaxa-
tion equation

A
all2 = + B )
1+ (f/fr)2
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where a is the ultrasonic absorption coefficient, / the fre-
guency, fr the relaxation frequency, and A and B are the
relaxing and nonrelaxing absorptions, respectively. More
conveniently, however, the ultrasonic excess absorption per
wavelength. (a'A), is used for the relaxation equation
Auf
(a'\) = Vf(~-B ) (2)
1+ (/r)2

where a' is the excess absorption coefficient, A the v&ve-
length, and u the velocity of sound. Values of /r, A, and B
were determined sc as to give the best fit ol the data to a
single relaxation curve.

Laser T-jump Measurements. As a Q-switched laser
source, a neodymium glass laser (Japan Electron Optics
Laboratory*Co. Ltd., Type JLS-G-3) was used. This laser
flashed 1060 nm laser light as a 3 J/25 ns pulse. The con-
centration change of the species was followed by means of
the electric conductivity method, i.e., the cell was set in one
of the arms of a bridge circuit fed from a 1.25-MHz oscilla-
tor. The cell used in this work is shown in Figure 1. The
laser light passes through a 3.2-mm diameter hole whose
axis coincides with the direction of the laser beam. No win-
dows were used and the sample solution was held by the
surface tension. So as to avoid oscillations due to pressure
reflection, a further vertical hole was introduced. Two
2-mm diameter platinum electrodes were introduced
through the holes. The temperature was controlled to
+1°C by circulating thermostated water through the small
bath mounted just behind the cell. The magnitude of the
temperature jump was 0.1°C. The temperature constancy
was examined and it was ascertained that the new tempera-
ture after the 0.1°C temperature jump is maintained for at
least 20 ms. On the other hand, the relaxation effect retains
for 1 ms for the longest. The bridge balance was controlled
just before the temperature-jump because the change by
the temperature-jump is masked by the slow but large tem-
perature change of the thermostat. The measurements
were carried out over the concentration range 0.03-0.50 M
of nickel carboxylates at 25°C.

Results and Discussion

Figure 2 shows the ultrasonic absorption curve obtained
for the 0.10 M nickel acetate solution in the entire frequen-
cy range. The relaxation spectrum is composed of at least
two relaxation processes; one is in the kHz frequency range,
and the other in the MHz frequency range. Then, kinetic
studies were carried out for each relaxation phenomenon
separately.

The kHz Frequency Range Relaxation Phenomenon
Based on a Slow Reaction. As is seen in Figure 2, relaxa-
tion absorption was also observed in the solution of pH
3.80. This fact shows that the hydrolysis reactions of nickel
and acetate ions are not related to this relaxation absorp-
tion. Unfortunately, the present ultrasonic measurements
are restricted to a narrow frequency range and the relaxa-
tion frequency is located below this range so that the data
imply only the existence of the relaxation absorption due to
the nickel acetate complex formation reaction. Detailed Ki-
netic studies of this process were carried out by the laser
T-jump method.

In nickel acetate solution, the relaxation effect was also
observed by the laser T-jump method in the same time
range where the ultrasonic relaxation absorption occurs.
The similarity of the time constants implies that the relax-
ation effect is based on the same reaction. In all of the con-
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Figure 1. Sectional diagram of the laser T-jump cell: (A) aperture
made of brass; (B) cell made of plastics; (C) thermostats both made
of brass.

Figure 2. The ultrasonic absorptions of 0.10 M nickel acetate solu-
tions at 25°C: (O) pH 6.05; (*) pH 3.80.

centration range studied, nickel acetate solution showed a
relaxation spectrum characterized by a single relaxation
phenomenon. The values of the reciprocal relaxation time,
1/t, obtained are shown in Table I (available as supplemen-
tary material, see paragraph at end of text) with other ex-
perimental conditions. The values given are the mean of at
least ten values measured.

In an aqueous solution, nickel monoacetate complex for-
mation may proceed according to the following stepwise
mechanism

Ni2+0: Ac NiAct (3
C

where state | is the free ions, state Il is the outer-sphere
complex, and state 111 is the inner-sphere complex. The ion
association and dissociation reaction, 1 — I, is very fast
and the inner-sphere ligand substitution reaction, 1l — III,
may be the rate-determining step. Then, the relaxation
time for 11 — 111 may be expressed by

1/t = 23[1 + j/~°rif(CN + Cac)i-1]-1 T 32 @)

where

nf= A INi (5)

and K° is the outer-sphere complex formation constant, f\
is the activity coefficient of the species i and /NiAct is the
coefficient of the activated complex which is assumed to be
equal to that of acetate ion. K ° was calculated by the Fuoss
equationi3
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where N is Avogadro’s number, a the distance of the clos-
est approach of the two ions, w'hich is assumed to be 5 A in
this case, z+e and z-e the charges on the two ions, t the di-
electric constant, Boltzmann’s constant, and T the ab-
solute temperature. The activity coefficients were calculat-
ed from the Davies equation.i4 As can be seen in eq 4, the
rate constants k23 and k32 are obtained from the 1/r vs. 11
+ |tfonf(CNi + Cac)-11-1 plot- Since the ionic strength was
not kept constant, however, the values of K°, /nj, and the
stability constant, K, varied with ionic concentration. As-
suming that the existence of NiAcg and other higher order
complexes can be neglected in comparison with that of
NiAc+,15 various parameters can be determined by the fol-
lowing procedure. At first, the stability constant at ionic
strength zero, o. is assumed. The values of m, fi, K, and
the ionic concentrations were calculated by the Davies
equation and the following

exp(z+z-e2laekfiT) (6)

K.-0= /NiAe I*NiAc K_ @
fN#/ac ONljCAc  /ni

Then the bracketed term in eq 4 is calculated for each solu-
tion of various ionic concentration and 1/r values can be
plotted. The plot will show a linear relationship and k23
and k32 are obtained from the slope and the intercept of
the line, respectively. With A2s, k:t2, and K'*H=(, the value of
K u=i) is calculated by the equation

i,=o=n=o0(l+") ®)

and the value should coincide with that assumed at first.
The same procedure was repeated until all data coincided.
Final plot of 1/r vs. [1 + |[/GlIf(CNj + CAc)i-1j-1 is shown in
Figure 3 and the ionic concentrations and the ionic
strength are tabulated in Table I.

From Figure 3, k23 and were obtained to be 2.7 X 104
and 5.0 X 10ns_lI, respectively. The value of k23 is very
close to the corresponding rate constants reported for vari-
ous kinds of nickel complexesi®and agrees also with the
rate constant of the water exchange of nickel ion measured
by NMR.17 18 These coincidences suggest that the rate-de-
termining step of the nickel acetate complex formation is
the dehydration process of the nickel ion. From eq s,
was determined to be 34 M-1 which is very close to the
Archer and Monk’s value,19 27 M-1, obtained from pH
measurements.

Activation parameters were obtained by the following
procedures. Equation 4 is simplified to be

1/r = &23™M(c) +  J 9)

where K 23 - “23/~32 and f(c) is the concentration term. As
the temperature dependency of the stability constant is rel-
atively small,2the bracketed term in eq 9 may be assumed
to be constant. Then, the temperature dependence of 1/r is
ascribed to that of k23. As is shown in Figure 4, a plot of log
[1/rT] vs. 1T gives a straight line and the activation en-
thalpy A//123 was obtained to be 12 kcal mol-1 from the
slope. By using Eyring’s equation with the values of AH*23
and k 23 at 25°C, the activation entropy AS+*23 was calculat-
ed to be 2 cal deg-1 mol-1. The coincidences of these values
with those of the water exchange of the nickel ion obtained
by NMR17'18 also suggest that the present relaxation phe-
nomenon is based on the equilibrium Il — Il of reaction 3.

Figure 3. 1/r vs. [1 + |[K°fN(C”* + Cac)l 1] 1 plot of nickel acetate
system at 25°C.

Figure 4. log (1/rT) vs. 1/Tplot of 0.40 M nickel acetate system.

The same studies were also carried out on the nickel
complex solutions of propionate, butyrate, and d-chloro-
propionate. The results are shown in Figures 5-7 (available
as supplementary material). The rate constants, k23 and
k 32, and the stability constants obtained are summarized in
Table Il. The values of k23 are also very close to the rate’
constant of the water exchange on the nickel ion obtained
by NMR.17'18 Since the values of k23 obtained for these
complexes are approximately constant, different values of
the stability constant are reflected in the values of k32. It
has been shown that, for a homologous series of ligands, the
stability constants are often inversely proportional to the
acid dissociation constant, pKa, of the protonated li-
gands.2 These relationships between pK a and k32 or the
stability constant can be conjectured from Table II.

The Relaxation Phenomenon in the MHz Frequency
Range Based on a Very Rapid Reaction The relaxation
absorption of nickel acetate solution in the MHz frequency
range was studied by the pulse method as a function of
total concentration of nickel acetate, acetate ion concentra-
tion, and nickel ion concentration. The results are tabulat-
ed in Table 11l (available as supplementary material)
where two features may be noted. One is the independency
of the relaxation frequency on ionic concentrations. The
other is the increase of the absorption not only with in-
crease of the total concentrations of nickel acetate and ace-
tate ion but also with increase of the total concentration of
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TABLE Il: Rate Constants and Stability Constants for
the Nickel Carboxylate Complex Formation
Reactions at 25°C (p *=0)

3> > K, Acid

Ligand 104s-1 103s_1 M_I P*afl
Acetate 2.7 5.0 34 4.76
Propionate » 2.4 5.5 30 4.88
Butyrate 2.4 4.5 35 4.82
(3-Chloropropionate 2.6 7.5 24 4:08

o Reference 21.

nickel ion. The addition of acetate ion increases the Con-
centrations of NiAc+ and other higher order complexes
while the addition of nickel ion decreases the concentra-
tions of Ac_,Ni(Ac)2 and Ni(Ac)3~ and increases those of
Ni2+ and NiAc+. The latter features, then, suggest that the
present relaxation phenomenon is not related to the higher
order complexes but to the NiAc+ complex. Moreover, an-
other confirmation of this aspect is given by the fact ¢hat
the ultrasonic absorption, (o:'X)mex, is proportional to the
concentration of NiAc+as shown in Figure 8.

The same kind of relaxation absorption as that of nickel
acetate solution was also observed in the aqueous solutions
of nickel complexes of propionate, butyrate, acrylate, chlo-
roacetate, and /3-chloropropionate. The measurements were
carried out on solutions of the various ligand concentra-
tions. The results are shown in Table IV (available as sup-
plementary materal). In each case, the absorption increases
with the addition of carboxylate ligand while f, is kept con-
stant. These features are similar to thos&of the nickel ace-
tate solution. The ligand specificity can be observed both
in fTand the absorption.

Garza et al.ll have measured the ultrasonic absorption of
nickel acetate solution and assigned it to the intermediate
step of the three-step complex formation mechanism (ace-
tate ion desolvation step). Their data, however, contradict
those presented here. Some of the reasons for the disagree-
ment may be their small excess absorption due to low ionic
concentrations, and their interpretation of the results as a
double relaxation absorption. Therefore, the assignment of
the present relaxation to one of the following reactions has
been reinvestigated

Mw2+ + Lwe [M2+(W)(W)L-]w (10)
&3

[M2+(W)(W)L-]w~ [ M 2+(W)L-]w (11)
k32

[M2+(W)L-Jw™ [M L +]w 12)
843

where M2+ is a metal ion, L- a ligand ion, and W the coor-
dinated water. The subscript indicates that the ions are hy-
drated. Under the conditions of k "\2, *21 » *23.*32 » *34,
£43, relationships between the relaxation frequencies
(times) and the rate constants are given by

1/¢i = 27r/r, = &u12rif(CM + C1) + *21 = k'12 + *21 (13)
I/r2 = 2wfR2 = *2377----~ 7----f *32 = *¥23 + *32  (14)
*12 + *21

k'o'i
= *34——-T77— + *43 (15)
* B+ «32
By the Debye-Eigen equations23 concerning the ion associ-
ation, the values of k 12 and *2i can be calculated to be 1.1
X 1010M_1s_1and 2.1 X 109s_1, respectively. From these

T3 =2

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976

Harada et al.

Figure 8. The relaxation absorption, (a'’XW*, vs. C”acs plot for
nickel acetate system at 25°C: (O, 3, C) Table I; (¢) Table 5.

values and eq 13, the value of fn was estimated to be above
300 MHz which is much higher than the present relaxation
frequency. Moreover, eq 13 implies that /ri should exhibit
some concentration dependency under the present experi-
mental conditions. However, as shown in Tables Il and IV,
f, remained constant. These inconsistencies indicate that
the present relaxation absorption cannot be ascribed to re-
action 10. On the other hand, reaction 12 was clarified as
responsible for the relaxation absorption of the kHz fre-
guency range as mentioned in the former part of this work.

The above considerations leave reaction 11 as the most
plausible relaxation mechanism. Since the process is a de-
hydration step of the ligand, definite ligand dependency of
the relaxation frequency as shown in Tables 11l and IV also
seems to support this aspect. However questions still re-
main concerning the assignment of the present relaxation
absorption to this process. Independencies of ft on the ionic
concentrations as shown in Tables Il and IV should be in
agreement with the interpretation. As is seen in eq 14, fT2
turns out to be constant and independent of ionic concen-
tration under the following extreme conditions:

i k'23 — nstan
0] 3 — consta t|\</

(ii) k23« k.

The following examinations were carried out to confirm
whether one of these conditions would be fulfilled. First,
under the present experimental conditions, 12 = (3-30) X
I0®M_1 s | and *21 = 2.1 x 109 s-1, and then the value of
*'i2/(*'i2 + *21) will be 0.1 to 0.6, which does not satisfy
condition (i). Secondly, as shown by the laser T-jump stud-
ies, 73 (or 1/73) varied with ionic concentration. This fact is
caused by the relatively large variation of the term *'23/
(»'23 + *32) in eq 15. Then, fr2 (= * 23 4 * 32) should also ex-
hibit observable concentration dependency under the
present experimental conditions. The above discussion
confirms that reaction 11 is not preferable as the origin of
the present relaxation absorption.

In order to elucidate the relaxation mechanism, further
measurements were carried out with varying the experi-
mental conditions for the nickel acetate solution. The ef-
fect of pH was studied on 0.50 M nickel acetate solution in
the pH range 6.5-3.5. As shown in Table V, the absorption
decreases with the decrease of pH (especially the effect is
prominent below pH 5) while fTincreases slightly with low-
ering pH. To see the temperature effect, the ultrasonic ab-
sorption was measured on 0.50 M nickel acetate solution at
15, 25, and 35°C. The results are tabulated in Table VI
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TABLE V : Ultrasonic Parameters for 0.50 M Nickel
Acetate Agueous Solutions at Various pH’s and 25°C

10~4
pH fr, MHz 1I0™17s2cm-1 vvms 1 @ ~Nmax
6.5 9.4 176 317 1583 13.1
6.0 10.3 161 31.1 1584 13.1
55 10.5 157 29.9 1581 13.0
4.5 11.2 117 28.8 1566 10.4
4.0 12.0 90 27.1 1563 8.4
3.5 13.0 » 62 25.3 1539 6.2

1

Figure 9. log (fr/7) vs. 1/7 plot of 0.50 M nickel acetate solution: (O)
15°C; (9)25°C; () 35°C.

(available as supplementary material). The temperature
dependency of /ris shown as alog yfJT) vs. 1/T plot in Fig-
ure 9. To see the effect of viscosity and dielectric constant,
the absorptions were measured on 0.40 M nickel acetate so-
lutions of 25 wt % glycerol, dioxane, and methanol. The re-
sults are shown in Table VII. The solvent effect on the ab-
sorption was studied on 0.40 M nickel acetate solutions of
methanol, glycerol, dimethyl sulfoxide (DMSO), and di-
methylformamide (DMF). The results are shown in Figure
10 and in Table VIII (available as supplementary material).
Relaxation absorptions were observed in methanol and
glycerol solutions; both absorptions were expressed by a
single relaxation equation. In DMSO and DMF solutions,
however, no relaxation absorption was observed. The sol-
vent effect was also studied on 040 M nickel acetate solu-
tions of methanol-water mixture. The results are shown in
Figure 11.

In consideration of the relaxation mechanisms of the
kHz frequency range studied above and the results of the
relaxation absorption measurements in the MHz frequency
range, the following stepwise complex formation mecha-
nism is proposed as the most appropriate one

/ H
Nin, + AeV [NIO(  Acl.ar (16)
X H
Niof; H Aclgr ~  [NiAd+ a7
XH
[NiAclay =*=* [NiAc*].I;- (18)

Reaction 16 is the outer-sphere complex formation process
whose /r is much higher than 300 MHz as discussed above.
Reaction 17 is the inner-sphere complex formation process
which is the rate-determining step of all reactions. The re-
laxation phenomenon based on this process has been stud-
ied above.
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TABLE VII: Ultrasonic Parameters for 0.40 M Nickel
Acetate in Water, Dioxane-Water, and Methanol-Water
Mixtures at 25°C

A B
10~4
Solvent f,,MHz 10-17s2cm"1 v. ms 1 ~Nmax
Water 10.0 136 29.4 1559 10.6
25 wt % 10.0 119 53.0; 1618 8.3
glycerol
25 wt % 10.0 153 42.6 1575 12.1
dioxane
25 wt % 9.4 166 43.7 1610 12.5
methanol

Figure 10. The ultrasonic absorption of 0.40 M nickel acetate in vari-

ous solvents at 25°C: (1) water; (2) methanol; (3) glycerol; (4)
DMSO; (5) DMF

Figure 11. The ultrasonic absorption of 0.40 M nickel acetate solu-
tions of methanol-water mixture at 25°C: (O) 25 wt %; (9) 75 wt
%; (C) 85 wt %; (+) methanol.

Reaction 18 is assumed to be a very rapid intramolecular
conversion reaction. Detailed discussions on this process
are developed as follows.

(@) The relationship between the relaxation frequency
and the rate constants for reaction 18 is given as

1/r = 2irfr — &34 + &43 = (243(~34 + 1) (19)

where K 34 = k~Jk~. Calculations are shown in Appendix.
As the concentration factor is not contained in this equa-
tion, /r remains constant irrespective of the variation of
ionic concentration. This fact is in agreement with the re-
sults in Tables 11l and IV.

(b) Maximum excess absorption per
(0'A)max, for reaction 18 is given as

wAV)2/ 1 1 \-> _
(C/X)max~ 2doRT |c NiAC+ CNIAC)

wavelength,

w(AU)2 CniAcs  ,20)
28R T 1 -fFKaa
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Since the concentration term Cnhac- varies in proportion to
the total concentration of NiAc+, eq 20 indicates that the
absorption, (a'X)mllx is proportional to the total concentra-
tion of NiAc+. This consideration provides support for the
present interpretation of the results shown in Figure s.

(c) The effects of viscosity and the dielectric constant on
the relaxation frequency and the relaxation absorption are
prominent for ionic association reactions.24 However, these
effects on the present relaxation absorption are small, as
shown in Table VII. The result implies that the absorption
is not related to the ionic association reaction but to some
others, e.g., reaction 18.

(d) The structure of [NiAc*]+ in reaction 18 can be as-
sumed with reference to the crystal structure of nickel ace-
tate2s where the monodentated acetate ion forms a six-
membered ring through the hydrogen bond with the coor-
dinated water molecule. This structure may also be partly
maintained in an aqueous solution and is shown in Figure
12. In this figure, [NiAc]+ represents the complex where
the coordinated acetate ion is also hydrogen bonded to the
bulk water. The same kind of complexes of hydrogen bond-
ed structure will be formed in alcohol whose hydroxyl
group contributes to the hydrogen bond. This aspect may
be supported by the fact that the relaxation absorption in
the MHz frequency range is observed in water, methanol,
and glycerol solution but not in DMSO and DMF solutions
(Figure 10); the relaxation effects based on the inner-
sphere complex formation reactions have been observed
both in DMSO and DMF solutions.2s

(e) Corsaro et al.27 have reported that the formation and
the rupture of hydrogen bond are catalyzed by protons. If
we adopt this idea, the present mechanism may explain the
pH effect on /r, i.e., small increase of /r with lowering pH,
shown in Table V.

(f) By assuming that k34 « k43, the temperature depen-
dency of fr gives the activation parameter of the backward
process. From the plot in Figure 9, A/U43 = 4 kcal mol-1
was obtained. This value is one third of that for the dehy-
dration process obtained in the former part of this work
but might be a reasonable one for the hydrogen bond rup-
ture.zs

(9) The results on the solutions of methanol-water mix-
ture (Figure 11) show that, with increase of methanol frac-
tion, the absorption at 10 MHz decreases while that at 27
MHz increases. Especially, in 75 and 85 wt % methanol so-
lutions, double relaxation absorptions were observed. With
further increase of methanol fraction, the absorption curve
approaches to a single relaxation curve with f, = 27 MHz.
This solvent dependency of /r indicates that the value of fT
depends not on the difference of dielectric constants but on
other properties of the solvent, e.g., ability of hydrogen
bond formation or steric factors for making a intramolecu-
lar hydrogen bonded structure.

(h) The lower the value of the pK a of carboxylic acid is,
the more labile is the complex, and the intramolecular hy-
drogen bond will also be more labile, i.e., k43 increases. If
one assumes that k 34 « k43, eq 19 reduces to

2¢/r N 643 (21)

Then, the value of pKamay be inversely proportional to /r.
The results on the many kinds of nickel carboxylates
shown in Figure 13 exhibit the same proportionality be-
tween pK, and fT.

The above discussions, (a)-(h), lead to the conclusion
that the ultrasonic relaxation absorption of nickel acetate
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Figure 13. f, vs. pKa plot for a series of nickel carboxylates at 25°C:
(1) acetate; (2) propionate; (3) butyrate; (4) acrylate; (5) chloroace-
tate; (e) /f-chloropropionate.

solutions in the MHz frequency range is attributed to the
intramolecular conversion of NiAc+ complexes as shown in
Figure 12. The absorptions of other nickel carboxylates
may also be ascribed to the same reaction. Taking into ac-
count reaction 18, the relationship between the relaxation
time and the rate constants used in eq 4, is partly changed
to be

1/r = 2ir/r = K23---— -+ K32--— - — (22)
k'\2 + &21 ks4 + &4

This is, however, essentially the same as eq 4 where only re-
actions 16 and 17 are considered. Especially, if k34 « k43,
eq 22 reduces to eq 4. By assuming k 34 « k43, the values of
k 43 of a series of nickel carboxylates are calculated by eq 21
and are tabulated in Table IX. Unfortunately, the lack of
the value of K 34 prevents the estimation of the values of k 34
and the volume change for reaction 18.

The Kinetic informations obtained for the nickel mono-
carboxylate complex formation reaction will also be appli-
cable for the nickel dicarboxylate system. Actually in the
preliminary measurements on some of the nickel dicarbox-
ylate solutions, similar relaxation absorptions have been
observed. Furthermore, the proposed model is applicable
not only to nickel complexes but also to other bivalent
metal carboxylates. Preliminary studies on cobalt and cop-
per acetate solutions indicate the existence of at least two
relaxation processes. In case of these bivalent metal com-
plexes, however, the rates of inner-sphere complex forma-
tion are much faster than that of Ni2+ and the relaxation
will fall into the same time range as that of the intramolec-
ular conversion. The distinction between two relaxations
becomes very difficult. Relaxations based on high-order
complex formations may also be observed around the same
time range of that of the 1:1 complex formation. Detailed
studies on these complexes are in progress.
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TABLE IX: Rate Constants for the Nickel Carboxylate
Complex Intramolecular Conversion Reactions

at 25°C (p = 2)

Ligand fed3 1078-" PAV
Acetate 6.0 4.76
Propionate 4.7 4.88
Butyrate 4.1 4.82
Acrylate 6.3 4.26
Chloroacetate 8.8 4.08
(3-Chloropropionate 23 2.81

a Reference 21.
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Appendix

Equation 19 was obtained for the following equation
where D ™ E is coupled to the much slower reaction C
D.

k 12 k23 ‘™M
V- C?=iD T (Al)
&1 &R M3

fast slow fast

In this case, the slow step is very much affected by the fast
one; on the other hand, the fast step is not affected so much
and becomes nearly equal to the uncoupled reaction. The
reciprocal relaxation times are obtained as the eigenvalues
of the following characteristic equation:

Kl2 + k2 - LT k2 0
~kB KB &R /T kd2 -0
0 *3. km + k, - Ur

(A2)

where k12 = (“1IKCa + Cb). When 1h\ and 1/ri;i » k23
32, We obtain

Uri —k'12 + k2] (A3)

Urill = 734 + k43 (A4)
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and

.. k\ 243
1/rii - kos - 1'Fko
k'12+ k2l k43 + k'3

Moreover, when k.u « k42, eq A5 reduces tc eq 4.

(A5)

Supplementary Material Available: laser T-jump data
and ultrasonic parameters (8 pages). Ordering information
is given on any current masthead page.
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Studies of dynamic polarization of 19F nuclei in a series of perfluorocycloalkanes and perfluorocycloalkenes
and their partially chlorinated analogues are reported. The experiments test effects that changes in the in-
ternal structure of the molecule have on the behavior of the peripheral fluorine atoms in nonaromatic
species. With galvinoxyl interactions are dominated by dipolar coupling of the spins, with ultimate en-
hancements in the range -237 to -270. For the perfluorocycloalkanes enhancements are predominantly di-
polar (—171 to -213 for bis(diphenylene)phenylallyl (BDPA), -182 to —227 for 2,2-diphenyl-I-picrylhy-
drazyl (DPPH)), with little variation for the four-, five-, and six-member ring species studied. The fluo-
rines on the saturated carbons of the 1,2-dichloroperfluorocycloalkenes show more scalar coupling than the
perfluorocycloalkanes (—143 to —158 for BDPA, —164 to —179 for DPPH), but the highest degree of scalar
coupling is obtained for the perfluorocycloalkenes. The enhancements of the fluorines attached to unsatu-
rated carbons are separated from the total observed enhancement and are shown to produce couplings sig-
nificantly more scalar than others previously observed (+2 to —52 for BDPA, +256 to +223 for DPPH.) No
evidence of correlation of DNP results for polarization of peripheral fluorine atoms on molecules when

compared with high field NMR results is found.

Introduction

Ultimate NMR signal enhancements ((/,) obtained in
solution dynamic nuclear polarization (DNP) studies have
been used to draw conclusions about intermolecular cou-
pling, complexation, and preferential site occupation.16
These enhancements are sensitive to the major changes in
molecular electronic structure that affect the nature and
chemical environment of the polarized nucleus, and to the
availability of the polarizing free-radical unpaired elec-
tron.1-4 However, the dominant dependence is on the mo-
lecular dynamics of the two interacting species.

The demonstration that the observed DNP enhance-
ments do not depend significantly on the minor steric and
electronic differences that govern high resolution NMR
chemical shifts and spin-spin couplings is crucial to allow
general application of the technique without the need to
consider each coupling on a case by case basis. When com-
pared with DNP investigations of saturated fluorocarbons,
studies of aromatic fluorocarbons have indicated a signifi-
cant increase in scalar coupling resulting from the polariza-
tion of the ring w structure.47 However changes in substitu-
ent position of difluorobenzenes produced very small
changes in DNP results.4 Investigations of fluorine and
phosphorus polarizations in phosphonitrilic fluorides and
chlorides demonstrated similar behavior among the mem-
bers of each series and a lack of conjugation of the 19F nu-
clei to the ring ir systems.89This paper reports the study of
a series of perfluorocycloalkanes and perfluorocycloalkenes
and their partially chlorinated analogues, for which there is
considerable variation in the high-field NMR behavior.10-12
The goal is to test effects that changes in the internal struc-
ture of the molecule have on the behavior of the peripheral
fluorine atoms in nonaromatic species.

Additionally, one of the major disadvantages of DNP to
date has been the inability to distinguish between chemi-
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cally different 19 atoms on the same receptor, as the
chemical shifts at the low magnetic field strengths required
for DNP experiments are too small to resolve signals. By
comparison of the perfluorocycloalkenes with the corre-
sponding species in which the carbons adjacent to the dou-
ble bond are blocked by chlorine atoms, resolution of the
contribution to the enhancements by the two chemically
different nuclei may be possible. Finally, examining the rel-
ative amounts of dipolar and scalar coupling for samples in
this series will elucidate (1) the influence of free-radical po-
larizers on the electronic structures of these species, and (2)
the effect on intermolecular spin coupling of coplanarity of
the fluorines and the carbon ring system.

Theory

Detailed accounts of the theory of DNP in free-radical
solutions are available.41314 Equation 1 defines the ob-
served enhancement, G(P):

o) =APITAQ) 5 nser) )
A(0)
L,mN -7 « r-s +c¢

7N2q+r+s+c (2)
A(P) and A(0) are the NMR signal amplitudes of nucleus
N when the ESR line of the free radical is pumped or un-
pumped, respectively. The ultimate enhancement of nucle-
us N, £/=N, is the observed low-field enhancement extrapo-
lated to complete saturation of the radical ESR line (limit
of the saturation function, Se(P), going to one), and com-
plete domination of the nuclear relaxation times by cou-
pling with the radical (limit of the leakage factor, /n, going
to one). As shown in Figure 1, the terms r, s, and g, are the
coupled electron-nuclear dipolar relaxation transition
probabilities, and c is the corresponding relaxation induced
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S

q

Figure 1. Combined energy states and relaxation probabilities for a
system of unpaired electrons coupled weakly to spin /= 1/2 nuclei.

by a scalar mechanism. The electron and nuclear gyromag-
netic ratios are *eand 7 n. respectively.

Values for U J' are commonly obtained by the ratio
method in which the ratios of the observed enhancement of
the fluorine nucleus of interest to that of a proton in the
same sample at the same applied radio-frequency power
are averaged for several applied powers, as shown in

GF(P)
GH(P)

ulJfr _UJ (VAN (©)]
£/,h/h  U~nh -329.5

Provided the radical concentration is high enough that pro-
ton and fluorine leakage factors are approximately one, the
values for LLF can be obtained from the ratio and —329.5,
the ultimate enhancement obtained for low-field proton
samples, to give sound results. The dipolar and scalar com-
ponents can be resolved by using eq 2, as g, r, and s are in a
ratio of 3:2:12 in the low-field limit, allowing a relative
value of ¢ to be obtained from (7®F.

One difficulty encountered with some of the samples in
the present study is that they contain fluorine atoms of
more than one type. As chemical shifts at the low magnetic
fields used in the experiments are too small to resolve the
different fluorine NMR signals, the enhancements ob-
tained, and hence the values of t/=cF, are composites of all
contributing nuclei. The least sophisticated, and presently
the only practicable, means to estimate the contribution of
a given type nucleus to the total observed enhancement is
to assume that the contribution of each type nucleus is
simply proportional to the number of that type nucleus per
molecule. This assumes that unpumped signal intensities
are proportional solely to the number of atoms per mole-
cule of a given type, that the leakage factors for all nuclei in
different chemical environments are near one, and that the
chemical shifts are so small that the two peaks are additive,
both when polarized and when unpolarized. Then the ulti-
mate enhancement of one type nucleus can be determined
using eq 4 if the ultimate enhancement of the other nuclei
contributing to the same signal can be estimated. N F(i) is
the number of fluorine atoms of type i per molecule;
U<*F(i) is the ultimate fluorine enhancement of that type of
atom; LLF(obsd) is the composite ultimate fluorine en-
hancement observed experimentally; and the sum over i is
the sum over all types of fluorine atoms.

uJ) =

-7 U j(obsd) £ NF(i)) - £ NFU)U~(iI)1 (4
N7f(j)L& J(OS), (I)) 5 ) (I)J 4
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Experimental Section

Samples were prepared by dissolving a weighed portion
of the free radical (for 0.02 m solutions) in a three-compo-
nent mixture of (1) cyclic fluorocarbon, (2) benzene, and
(3) carbon tetrachloride in a volume ratio of 1:1:4. This sol-
vent combination, which has been used previously,9 was
necessary to ensure that (1) all four components are misci-
ble at the conditions of the experiment, and (2) all samples
are run in the same solvent system for reliable comparison.
That the choice of solvent system may qgffect the relative
degree of scalar coupling has been previously demon-
strated,4 and will be examined in depth in a forthcoming
paper.15 The variation is most significant for solvents with
markedly different values of the cohesive energy density 5.
For benzene, §= 9.2, and for carbon tetrachloride, 8.6; typ-
ical values of this function for the perfluorocycloalkanes
are between 5.7 and 6.1.16-17 Thus the dissimilarity among
the three solvent components may have some effect on the
results obtained; however, as all the samples were run in
the same solvent system, consistent results within the set
should be obtainable.

The cyclic fluorocarbons were commercial products with
stated minimum purity of 98%. The free radicals used in
the study, the structures of which are shown in Figure 2,
were chosen to provide a wide range of typical scalar to di-
polar polarization ratios. Galvinoxyl (GALV) and 2,2-di-
phenyl-1-picrylhydrazyl (DPPH) were commercial prod-
ucts with stated purity of 98%. Bis(diphenylene)phenylallyl
(BDPA) was synthesized by Professor C. F. Koelsch. Sam-
ples were degassed by several freeze-pump-thaw cycles be-
fore sealing. Samples of C6F6and C4F8, both gases at room
temperature, were prepared by trapping the gas at 77 K in
a degassed mixture of radical, CeHg, and CC14, then sealed.
Samples were run at 25°C and 75 G (7.5 mT) as described
previously.4

Results and Discussion

Experimental values of i/,F, calculated from observed
enhancements by using eq 1 and 3, are given in Table | for
each fluorocarbon with the three free radicals. Observed
fluorine enhancements for all the samples studied are high-
ly negative, indicating that the coupling is dominated by
the intermolecular electron-nuclear dipolar interaction
rather than the scalar mechanism. The ultimate fluorine
enhancements obtained with the radical GALV are among
the most negative ever observed, nearly to the dipolar limit.
Typically, ultimate fluorine enhancements with GALV
have been in the range from —200 to —250, with the most
negative value of —270 obtained with 1,1,1-trifluorotrichlo-
roethane,14 in which the fluorines are on a saturated car-
bon atom. These highly dipolar enhancements with GALV
reflect the inaccessibility of the free-radical electron in the
GALYV structure.4

All polarizations produced by BDPA and DPPH are
more positive (greater scalar contribution) than those pro-
duced by GALV. For BDPA and DPPH, the enhancements
shown in Table I are most negative with cycloalkanes. The
DPPH 19 enhancements are slightly more dipolar than
the BDPA values for all but one of the molecules in which
the fluorines are bound to saturated carbons, including
those cycloalkenes with the two unsaturated positions oc-
cupied by chlorine atoms. These results agree both in range
and radical order with previous aliphatic samples for which
comparisons can be drawn.23

Two types of chlorine-substituted species have been in-
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DPPH

CICH]lj C(CH3)3

Figure 2. Structures of free radicals used in the investigation.

eluded in this study. Results with all three radicals for the
two partially chlorinated perfluorocyclobutanes show little
difference from the enhancements obtained for the perfluo-
rocyclobutane itself. Thus, for these saturated cyclobu-
tanes, the effect of partial chlorine substitution on the fluo-
rine DNP s, if any, below the detectable limit in the cur-
rent set of samples. High-field magnetic resonance studies
have shown considerable differences in the chemical shifts
of the fluorine nuclei of these species. Perfluorocyclobu-
tane has a shift of +135.2 ppm relative to CFCls; 1,1,2,2-
tetrachlorotetrafluorocyclobutane has a shift of +114.0
ppm relative to CFCIs3; and 1,2-dichlorohexafluorocyclobu-
tane exhibits intermediate values for the different fluorine
atoms.i0 Evidently, the intramolecular mechanisms giving
rise to the differences in the chemical shifts have little ef-
fect on the intermolecular polarization of the fluorine nu-
clei by free radicals. For these fluorinated cyclobutanes, the
fluorines are unaware of the nature of the rest of the mole-
cule.

In contrast, the fluorines bound to the saturated carbons
on the cycloalkenes which have the positions adjacent to
the double bond blocked by chlorine atoms have enhance-
ments with BDPA and DPPH which are significantly less
dipolar than found for the corresponding perfluorocycloal-
kanes. For these chlorocycloalkenes the fluorine atoms one
carbon removed from the double bond also show a down-
field shift compared to the perfluorocycloalkane analogues.
For example, the near fluorines on 1,2-dichlorooctafluoro-
cyelohexene-1 lie at +110.6 ppm, and the far at +134.1
ppm, while CgFi2 gives +133.0 ppm for all fluorines, all
with respect to CFCls.11 In these chlorocycloalkenes the
shifts are also comparable to those obtained with the chlo-
rocycloalkanes, but definite differences are observed in the
DNP results. Previously, an increase in scalar coupling for
molecules containing chlorine atoms has been observed for
several types of molecules (31P in POCI3, 13C in CCl4, 3IP in
phosphonitrilic chlorides), but in these cases, the nucleus
exhibiting the greater degree of scalar coupling has been at-
tached directly to the chlorine.g'is19 Increased 'H scalar
coupling in CHCI3s has been observed with the di-ieri-butyl
nitroxide radical, but this has been attributed to the ten-
dency of the proton to hydrogen bond to the nitroxide,
rather than the effect of the chlorine atom.2o21 In the
present study, the polarized fluorines observed are several
atoms removed from the chlorines, yet the fluorine en-
hancements are markedly more scalar for BDPA and
DPPH than in the corresponding perfluorocycloalkanes.

The BDPA and DPPH enhancements are more positive
for the perfluorocycloalkenes than for the corresponding
1,2-dichloroperfluorocycloalkene-I compounds. These per-
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fluorocycloalkenes have two fluorines attached to nominal-
ly sp2 carbons, which may exhibit markedly different en-
hancements from those of the sp3 carbon fluorines on the
same molecule. As a first approximation eq 3 may be used

to resolve the two contributions to the enhancements ob-
tained. The fluorine enhancements on these' chloro com-
pounds can be used as an approximation of the enhance-
ments of the fluorines bound to the saturated carbons on

the perfluorocycloalkenes, an approximation supported by

the observation that partially chlorinated perfluorocy-
clobutanes behave analogously with the perfluorocyclobu-
tanes themselves. The results of this calculation for the

four-, five-, and six-member ring perfluorocycloalkenes are

shown in Table IlI, along with the percent scalar coupling

calculated by using eq 2. Despite the large uncertainties in-
herent in this method of resolving the two contributions to
the observed enhancements, the percent scalar coupling for
the BDPA and DPPH with the 1,2 fluorines is consistent
for all three species investigated. The BDPA value of ap-
proximately 32% scalar coupling is nearly identical with the

scalar contribution to the polarization of hexafluoroben-

zene, long the standard for comparison for unsaturated flu-
orine enhancements.sa The planar BDPA with delocalized
electron has been very versatile in inducing scalar polariza-
tion in aromatic fluorocarbons for which the possibility of
plane-plane collisions exists.230 For the same aromatics,

enhancements with DPPH are typically slightly more dipo-
lar than are BDPA enhancements, as, for example hexaflu-

orobenzene is —2 with DPPH and +20 with BDPA .3 Quite

the contrary is observed for the sp2 fluorines on the per-
fluorocycloalkenes. Here the DPPH polarizations are more
than 50% scalar, and the enhancements which average

around +230 are much more positive than any previously
observed for 19F nuclei with DPPH. The perfluorocycloalk-

ene observed enhancements with DPPH are actually slight-
ly more scalar than those with BDPA, in contrast to other

fluorine enhancements for those homologous series which

have been studied.s except for the phosphonitrilic.fijjq -+
rides.o However, the resolved enhancements due to the sp2

fluorines are much more positive than for BDPA. DPPHYV
with its localized unpaired electron on the nitrogen atom, is
far superior, when compared with BDPA, in polarizing by

the contact route the fluorines attached to double-bonded

carbons than it is in polarizing fluorines on aromatic fluo-

rocarbons. The high-field NMR chemical shifts for the

fluorines on the unsaturated carbons show some variation

(C4F6, +130.4 ppm; CsF8 +150.2 ppm; and CfiF|0, +151.9

ppm; all with respect to CFC13), but all are shifted to high-

er field than the other fluorine atoms on the same mole-

cule, approaching hexafluorobenzene at +162.6 ppm.12

Again, the intermolecular coupling observed in DNP exper-

iments does not parallel the intramolecular-based chemical

shift data.

Conclusions

The interactions of all cyclic fluorocarbons studied with
galvinoxyl free radical are dominated by the dipolar cou-
pling of the fluorine nuclei with the free-radical unpaired
electron.

With BDPA and DPPH, fluorine enhancements vary
considerably with the nature of the fluorocarbon. For the
perfluorocycloalkanes, enhancements are predominantly
dipolar, with little variation evident for the four-, five-, and
six-member ring species studied. Partial chlorination of
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TABLE I: Ultimate Fluorine Enhancements from DNP Measurements for Cyclic Fluoroalkanes and -alkenes

with the Free Radicals GALV, BDPA, and DPPH

Formula Compound

c4fs Perfluorocyclobu tane

cda X6 1,2-Dichlorohexafluorocyclobutane
C4C14F 4 1,1,2,2-Tetrachlorotetrafluorocyclobutane
c4r6 Perfluorocyclobutene

CALlaFa 1,2-Dichlorotetrafluorocyclobutene-I
CSFS Perfluorocyclopentene

CEC12F6 1,2-Dichlorohexafluorocyclopentene-I
c6f,, Perfluorocyclohexene

cbeciZ2fF8 1,2-Dichlorooctafluorocyclohexene-I
C6F,2 Perfluorocyclohexane

TABLE 11: Ultimate Enhancements and Percent Scalar Coupling of I9F Nuclei Bound to Unsaturated Carbons
in Perfluorocycloalkenes by Correcting Observed Ultimate Enhancement for ,9F Nuclei Bound

to Saturated Carbons on the Molecule

Species rneasd Species used for cor LL.F(BDPA)
C;Fo C,CLF4 -2i 21
C,F, CEC12F6 -1 +£34
CeF 1 C.Cl2Fg -53 +56

perfluorocyclobutanes gives no change in fluorine enhance-
ments.

.Perfluorocycloalkenes show marked increase in 19F sca-
lar coupling when compared with the saturated analogues.
Resolution of the signal component resulting from the fluo-
rines bound to the unsaturated carbons shows that the en-
hancements for these fluorines are more positive with
DPPH than for other 19 nuclei that have been examined
.previously. This reversal of positions of BDPA and DPPH
with respect to largest scalar contribution in polarizing 19F
nuclei has also been observed for the phosphonitriiic fluo-
rides, another series of predominantly nonplanar, unsatu-
rated ring compounds. 92223 The fluorines out of the plane
of the double bond in the 1,2-dichloro-substituted perfluo-
'rocycloalkene-1 compounds show increased fluorine scalar
coupling as well with both BDPA and DPPH when com-
pared to the corresponding perfluorocycloalkanes.

The trends observed in the polarization of fluorine nuclei
by intermolecular coupling with the unpaired electron of
the free radicals do not correlate with observed chemical
shifts from high-resolution NMR experiments. Moreover,
studies of the radical-induced fluorine relaxation showed
no unusual behavior for these samples. The intermolecular
interactions studied by DNP are a sensitive probe of the
environment of the nucleus which is exposed to other mole-
cules in the system, and are not necessarily reflections of
the inner electronic structures of the molecule itself. Thus,
DNP can serve as a useful means of investigating the inter-
molecular dynamics without the necessity of detailed con-
cern with minor variations in the nature of the individual
molecule.
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The SCF finite perturbation method (FPM) in the INDO molecular orbital approximation has been em-
ployed to evaluate the influence of ionization of a hydroxyl substituent on vicinal proton-proton coupling

constants, & 7

1H), using for this purpose the simplest possible model, the ethanol molecule. The

changes in coupling constants resulting from ionization were calculated for dihedral angles over the range
0-360°. These results were then used to derive some qualitative predictions for several arabinonucleosides,
which adopt a C(2")endo conformation on ionization of the sugar hydroxyls; for these the effects due to ion-

ization are not expected to exceed 0.5 Hz.

Introduction

It has been recently demonstratedl that the solution con-
formations of some pyrimidine 1-/j-D-arabinofuranosyl nu-
cleosides undergo appreciable modifications on transfer
from neutral to highly" alkaline medium where the sugar
hydroxyls are known tb undergo dissociation with pK
values in excess of 12.2 In particular, for such nucleosides
as araC,33'-maraC, 3'-maraU, and araA, the conformations
of which differ to a greater or lesser extent in neutral medi-
um, dissociation of the 2'-hydroxyl leads in all instances to
a common conformation for the pentose moiety. This con-
formation is of the form C(2")endo and more than 80-90%
gauche,gauche and is accompanied by formation of an in-
tramolecular hydrogen bond with the 5-OH as donor and
the negatively charged 2'-O as acceptor, viz., 5-OH—
0(2")-. It is strikingly similar to that encountered for the
neutral forms of araC and araU in the solid state, where the
2'-OH is the donor and the intramolecular hydrogen bond
is of the form 2'-OH~0(5")H .4

The conformations of the sugar moieties of nucleosides
in solution are deduced from the vicinal coupling constants
between protons attached to adjacent carbon atoms. The
dependence of these coupling constants on the stereochem-
ical relationship between coupled hydrogens has been ex-
tended to embrace the influence of various substituents
(see, e.g., ref 5-8). No attempts appear to have been made
to examine theoretically the effects of dissociation of a sub-
stituent such as a hydroxyl or carboxyl group.

In the studies referred to above on the conformation of
arabinonucleosides in strongly alkaline medium,1the use of
some reference compounds suggested that hydroxyl disso-
ciation directly affected vicinal coupling constants to only a
minor extent. Because of the potential applicability of
these findings to studies on the properties of sugar hydrox-
yls in general and to conformational modifications associ-
ated with the dissociation of such hydroxyls, it appeared of
interest to examine theoretically the possible effects of hy-
droxyl dissociation on vicinal coupling constants.

The choice of a simple model system for such calcula-
tions was based in part on subdivision of the pentose ring

* To whom correspondence should be addressed at the Depart-

ment of Biophysics, Institute of Experimental Physics, University
of Warsaw.
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into two fragments, with replacement of C-C, C-R, and
C-0 bonds by C-H, to give ethanol (Figure 1). This model
was selected for the following reasons, (a) It renders possi-
ble calculations of the dependence of vicinal coupling con-
stants on dihedral angles over a range of 0-360°. (b) It also
makes possible an examination of the effects of the oxygen
lone pairs on the vicinal coupling constants for different
orientations of the hydroxyl group, as well as a comparison
of these effects with those resulting from; hydroxyl ioniza-
tion. (c) Although our method is time consuming, the cost
of the computations is low with such a simple molecule. In-
troduction of the appropriate extrapolation procedure re-
sults in rapid convergence with the method used. In addi-
tion, the symmetry of the methyl group reduces by a factor
of 3 the computing time required.

It is not to be anticipated that such a model will provide
guantitative data directly applicable to nucleosides. Fur-
thermore, the method of calculation employed is such that
is usually predicts values for the vicinal coupling constants
in ethanelike compounds which are too high.7 In addition
the difficulties associated with the use of approximate wave
functions in the FPM scheme are well-known.779 However
one may expect this procedure to provide qualitatively the
changes in the values of the coupling constants as a func-
tion of hydroxyl ionization.

Computational Procedure

This made use of the SCF finite perturbation method10
in the INDO molecular orbital approximation.ll The calcu-
lations were based on the Fermi contact coupling mecha-
nism and were performed with the aid of a modified ver-
sion of the QCPE-142 programl12 on a Control Data Corp.
Cyber-72 computer.

Bond lengths and angles employed were standard values
for model A of Pople and Beveridge,13with the exception of
the C-O- bond in the ionic form. We have been unable to
locate any data in the literature for the length of this bond;
but model B of Pople and Beveridge (ref 13, p 131) cites a
value of 1.36 A for the C-0 bond in radicals and radical
ions. This value was checked by geometrical optimaliza-
tion, which led to a value of 1.354 A. All atomic coordinates
were calculated with the aid of the QCPE-186 program.l4
The rigid rotor model was assumed. The methyl group was
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rotated about the C-C bond, using the following conven-
tion: the dihedralangle (o) was taken as zero when the pro-
tons denoted by an asterisk were cis and increased positive-
ly as the designated methyl proton was rotated relative to
the oxygen atom as in Figure 2(a). A similar convention was
followed for rotation of the proton about the C-0 bond, so
that the dihedral angle 6 is zero when the hydroxyl proton
is cis to the C-C bond and increases positively as this pro-
ton rotates away from the designated carbon-linked proton,
as in Figure 2 (b). Calculations were carried out at intervals
of 12° or less for rotation of the methyl group of the etha-
nol molecule. For all computed points, the errors resulting
from the finite convergence of the SCF procedure do not
exceed 0.01 Hz.

Computed proton-proton coupling constants were ana-
lyzed in terms of a truncated Fourier-type expansion with
the aid of a fitting procedureis for determining the analyti-
cal forms of the curves. The expansion employed was of the
formus

6¢/(0) —Ci +C2cos (OT D) T C3acos 2(0 -hD) +
Cacos3(0+ D) + cssin(o + D) + c6sin2(0+ D) +
c7sin3(0+4D) (1)
All C, coefficients are in hertz and the coefficient D is in
degrees.
Results

For the ionic form trial runs showed that the Fourier-
type expansion presented above could be simplified to the
form1'

3J(0)= Ci + C2Cc0S0 + C3C0S20 + C5Sino + Cgsin 20
(2)

The explicit use of the sine terms is necessary in order to
reflect the different values of the function under examina-
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Figure 3. Plots of 3J(1H -1H) vs. HCCH dihedral angle In ethanol for 8
values of 180° (+) and 60° (o). See test for further details.
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Figure 4. Dependence of 3J(tH -1H) on HCCH dihedral angle for the
ionized form of ethanol (X) and the upper (4A) and lower id) limits of
the coupling constant values for all orientations of the hydroxyl pro-
ton in the neutral form of the ethanol molecule.

Flgure 5.

tion in the neighborhood of the minima located in the vi-
cinity of 80 and 280°.

For the neutral form the values of the coupling con-
stants are dependent on the orientation of the hydroxyl
proton (influence of the lone-pair electrons). Theoretical
calculationsis and experimental datais for ethanol both
point to the existence of one principal and two local energy
minima associated with rotation of the hydroxyl proton. In
the case of the pentofuranose ring it is, of course, difficult
to establish the orientations of the hydroxyl substituents
since these are dependent, among other factors, on the nu-
cleoside conformation. With this in mind, calculations on
ethanol were conducted for six possible orientations of the
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TABLE I: Constants for Eq 2

8, deg c, c2

0 7.46 -3.01

60 7.27 -3.06

120 7.54 -3.45

180 7.74 -3.27

240 7.93 -3.20

300 7.75 -3.37
Anionic form

(C-0- =136 A) 7.80 -4.79
Anionic form

(C-O0- =134 A) 7.67 -4.97
Anionic form

(C-0' =141 A) 8.09 -4.40

TABLE II: Constants for Eq 3

0, Rms
deg c, c2 c3 D dev
0 7.46 —3.04 6.63 6.7 0.06
60 7.27 -3.09 6.38 6.7 0.06
120 7.54 -3.48 6.65 6.4 0.08
180 7.74 -3.28 6.98 4.2 0.04
240 7.93 -3.21 7.13 34 0.03
300 7.75 -3.38 6.92 4.2 0.06

hydroxyl proton, spaced at equal intervals of 60°. For the
specific conformations calculated by Maciel et al.7
(staggered form, hydroxyl proton cis (0 = 0°) and trans (0=
180°) to the C-C bond), our own results were virtually
identical.

From the Fourier expansion for the dependence of vici-
nal proton-proton coupling constants on the corresponding
dihedral angles, it follows that only the even functions with
common phase shifts are necessary. Each expansion may be
expressed in the form20

A/(0)=Ci + C2cos (0 +0) + C3cos2(0+0) (3

so that only four parameters are required. In addition, for
purposes of comparison, we present the independent ex-
pansions in the form (2) with explicit use of the sine func-
tions. All of the Ci and D coefficients and the correspond-
ing rms errors are presented in Tables | and Il.

Figure 3 exhibits a plot of the dependence of coupling
constants on dihedral angle for two orientations of the hy-
droxyl proton: trans (0 = 180°), the principal energy mini-
mum for ethanol; and gauche (0 = 60°), corresponding ap-
proximately to one of the local minima. The curve for the
second gauche minimum (0 = 300°) is closely similar to
that shown for the trans form. Figure 4 shows three curves:
one for the dependence of coupling constant on the dihe-
dral angle for the ionized form and the other two for the
minimal and maximal values of the coupling constants for
all orientations of the hydroxyl proton in the neutral form.

Discussion

The criterion adopted for evaluating the results was that
modification of the coupling constant as a result of ioniza-
tion was of significance only when the calculated value fell
outside the limiting curves for all orientations of the hy-
droxyl proton in the neutral form of the molecule. It will be
noted that this occurs for dihedral angles in excess of
135°21 when the influence of the ionized oxygen atom is
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Rms
c3 Cs c6 dev
6.45 0.41 —1.52 0.04
6.21 0.43 -1.47 0.03
6.49 0.48 -1.44 0.03
6.91 0.28 -1.01 0.02
7.08 0.21 -0.85 0.03
6.85 0.31 -0.99 0.03
7.29 0.26 -0.29 0.07
7.19 0.29 -0.35 0.08
7.50 0.21 —0.15 0.06

most apparent2 (Figure 5), but the computed differences
do not exceed 2 Hz. For angles less than 135°, in particular
in the region 65-105°, the differences are negative, but
small.

Application of the foregoing findings to the arabinonu-
cleosides referred to above requires some knowledge of the
magnitudes of the dihedral angles between carbon-linked
protons and their signs according to the convention adopt-
ed above.Z3With such data and the plots presented in Fig-
ure 4, it becomes possible to make some predictions about
differences in coupling constants between the ionized and
neutral forms of a given nucleoside with the same confor-
mation.

For arabinonucleosides with free 2' and 5' hydroxyls,
which adopt the conformation C(2")endo on dissociation of
the 2'-OH, J(T—2") should be minimally affected. Although
applicability of our model to coupling between H(2') and
H(3") is debatable, we predict a small decrease of less than
0.5 Hz. Dissociation of the “up” 2'-OH should not affect
J(3'-4") and J (4'-5',5"), so that the observed modifications
of the values of these coupling constantsl should be due
solely to conformational changes. Dissociation of the 3'-OH
might be expected to affect J(3'-4"); in this instance we
predict an increase of the order of 0.5 Hz.

It should be emphasized that, notwithstanding the un-
certainty in the length of the C-0~ bond of the ethanol
anion (from 1.34 to 1.41 A), the conclusions derived above
retain their validity. An increase in the C-0~ bond length
leads to an increase in the values of the coupling constants
in the neighborhood of the cis maximum by about 0.2 Hz/
0.01 A and smaller changes elsewhere. Shortening the
C-0" bond length to 1.34 A decreases the range over which
the coupling constants are unchanged on ionization from
0-135 to 15-135°, while an increase in bond length to 1.41
A increases to the same extent the angular range within
which ionization should not result in any modifications in
WHAH).
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Electrical Conductance, Ultrasonic Relaxation, and Microwave

Dielectric Relaxation of Sodium Perchlorate in Tetrahydrofuran
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Audiofrequency electrical conductance, radiofrequency ultrasonic absorption, and microwave complex per-
mittivities have been measured for the system NaCio4 in THF. Analysis of the electrical conductance data
reveals the electrolyte to be strongly associated, giving association constants for both ion pairs and triple
ions. Analysis of the ultrasonic data together with additional results for AgC104 and sodium picrate in
THF suggests that a pseudo-first-order process, probably associated with anion desolvation (or solvation),
is being observed. The complex permittivity data are described by a Cole-Davidson distribution function
with distribution parameters 8= 0.9 + 0.1 and 0.8 at ¢ = 0.05 and 0.10 M (NaC104), respectively. These pa-
rameters may be predicted theoretically by a modified Glarum theory envisaging diffusion rotation of ion
pairs coupled with dipole-dipole collision. To check the proposed mechanisms ethanol was added to
NaC1040.1 M in THF, the ethanol:NaCi04 molar ratio being ~30. Both the ultrasonic and the dielectric
relaxation frequencies shift to much lower frequencies. This phenomenon is interpreted as due to solvation

of the electrolyte by ethanol (rather than to an increase in the solvent viscosity).

Introduction

Electrolytes in media of low permittivity have been in-
vestigated recently by relaxation methods such as ultrason-
ics by Hemmes et al.1 and in this laboratory.2 Many pro-
cesses have been observed which are associated with the
complex structure of the electrolytes in these media. The
relative concentration of free ions is quite small and the
electrolyte mainly consists of ion pairs and complexes in-
cluding larger species such as triple ions and quadrupoles.
This study extends the previous onesl,2to NaC104in THF.

Electrical conductivity measurements were performed to
calculate the extent of the association of this electrolyte in

order to have structural information of this electrolyte so-
lution. The results of these measurements gave estimates of
the relative proportion of the species in solution.

It was also hoped that combination of two relaxation
methods like ultrasonic and dielectric relaxation could give
a more definite picture of the nature of the phenomena ob-
served. The application of mechanical waves by ultrasonic
techniques may shift existing equilibria in solution by forc-
ing mutual interconversion of some of these species (pro-
vided the isothermal volume changes and the enthalpy
changes are not both zero for the process studied). In par-
ticular, increasing the frequency eventually causes the re-
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laxation of the observed process. Measurement of the re-
laxation time and its concentration and temperature de-
pendence gives information on the rate constants and ener-
gy barriers for the process. Similarly application of electro-
magnetic waves to the same ionic systems forces charge
transport in solution. If the majority of the ionic species are
paired or complexed, the alternating field will mainly cause
diffusional dipolar rotation. Increasing the frequency up to
the microwave range will cause the relaxation of these rota-
tional movements including the solvent dipoles at suffi-
ciently high frequencies. Measurement of the dielectric re-
laxation times and of the difference eo — e<=gives informa-
tion about the size and the apparent dipole moment of the
rotating entities.

In this paper radiofrequency ultrasonic relaxation mea-
surements gave the kinetics of the mutual transformation
of two solvated ion pairs.

Microwave dielectric relaxation measurements were used
to study the relaxation rotational diffusion of these species.
The effect of the change in medium, by the addition of eth-
anol, is shown by both the ultrasonic and the microwave
data.

I. Electrical Conductance

Experimental Procedure. The details for making the
measurements have been described previously.2 Anhydrous
NaC104 (Smith Co., Cleveland, Ohio) was dried at 140°C in
an oven until no further change in weight occurred. THF
was distilled in a nitrogen atmosphere over molten potassi-
um in an all-glass system containing a 3-ft Vigreux column.

Solutions of concentrations greater than o.01 M were
prepared on the basis of weight and the molality was con-
verted to molarity by measuring the density of the solu-
tions. The electrical conductance of these individually pre-
pared solutions was measured using an Erlenmeyer-Kraus
conductance cell with a constant K = 0.1142 + 4yscm-1,ys
being the conductivity of the solutions.

Lower molarity solutions were prepared by adding
weighed portions of stock solutions to the weighed solvent
directly in the conductance cell. This procedure eliminated
errors resulting from weighing small quantities of salts.

All solutions were transferred in a dry nitrogen box.
Temperature was maintained at 25.000 + 0.001°C.

Results. The measured densities of the solutions with
concentrations of o.010, 0.025, 0.050, 0.10, and 0.15 M of
NaC104 in THF were 0.88339, 0.88556, 0.88822, 0.89239, and
0.89723 g cm-3, respectively. Equivalent conductance in the
form of log A vs. log c is reported in Figure 1A. The plot of
Aylc vs. ¢ is shown in Figure IB according to the 1933
Fuoss-Kraust triple-ion theorys

Ao ACtK t
Ax/c =

The solid straight line (Figure 1B) is the best fit based on
the least-squares computation. It has a slope of 0.8392 and
an intercept of 1.683 X 10“2 KA is calculated as 9.93 X 107
M-1 using the intercept and Ao = 167.7 il-1 cm2equiv-1 for
NaC104 in THF. This value comes from \°Na+ = 482 Q-1
cmz2 equiv-14 and from Xocio4 = 119.5 fi-1 cm2 equiv-1.5
Also from the slope of the line A°tK t = 8364 and then K t
= 149.6 M-1 using the arbitrary assumptions that A°t =
'lijAo = 55.9 fi-1 cmz2 equiv-1. No allowance has been made
for the possible formation of quadrupoles in the above
analysis which includes data for C = 24 X 10-5 M to C =
0.0499 M but excludes the results for ¢ = 0.1 and 0.15 M.
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Figure 1. (A) log A vs. log c for NaCl04 In THF at 25°C. (B) Ax/c
vs. the molar concentration c for NaCl04 in THF at 25°C.

The slope of the line may be somewhat modified if quadru-
poles were present,s and hence also the value of-Kt-

I1. Ultrasonic Relaxation >

Experimental Procedure. The details of the instrumen-
tation have been described in ref 2. The frequency range
extended from 5 to 300 MHz and the concentration range
of the electrolyte was from 0.05 to 0.15 M. In addition to
the NaC104 solutions, solutions of AgC104 in THF and so-
dium picrate in THF were studied. Also, a mixed solvent
C2Hs50H-THF (3 M C2Hs0H in THF) was studied, as well
as a solution of 0.1 M NaC104 in this solvent. The solvent
mixture was prepared on a weight basis.

Every effort was made to remove all traces of water from
the materials used and to keep them moisture free. Solu-
tions of weighed amounts of AgC104 and of NaC104.in THF
were prepared by volumetric flasks in adrybox. The anhy-
drous C2HsOH was redistilled in a Vigreux column over
aluminum amalgam collecting only the middle portion of
the distillate. The THF was distilled over liquid potassium.
The anhydrous AgC104 (Alfa Inorganics) was further dried
at room temperature in vacuo (0.05 Torr) until a constant
weight was achieved. The sodium picrate (Kodak) was
dried using the same procedure. The temperature of the so-
lutions was maintained at 25.0 + 0.05 and 0.0 = 0.05°C by
means of a Forma Junior thermostatic bath. Temperatures
of —15 + 0.05 and —30 = 0.05°C were maintained by means
of the cryostat described elsewhere.2

Results. The results for the measurements on the solu-
tions of NaC104 in THF are shown in Figure 2 as a/f2 vs.
frequency and fi vs. frequency. These two functions, valid
for a single relaxation process7 are

A
alf“ 1+1/W +8B C)
, " flf
— "Mvex 1+ (//r)2 @)

with a being the sound absorption coefficient; aexc = a —
Bp, the excess sound absorption coefficient; B, the back-
ground absorption, at high frequency, of the solution; A =
2Mmex/«/R; u, the sound velocity approximated to the one
of the solvent; A the wavelength of the sound wave, X =
u/f; f, the frequency; and r, the relaxation frequency.

The solid lines shown in Figure 2 have been calculated
by an iterative process as follows. An initial value of B is
chosen; fi is calculated from the experimental value of a at
each frequency. Then eq 2 is rearranged into
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Figure 2. (A) a/f2vs. the frequency ffor NaCl04 in THF at 25, 0, —15, and —30°C. (B) /i vs. the frequency f for NaCl04 in THF at 25, 0, —15,

and —30°C.

f

/r

and
M_ 2"mex _ Rf
~f~  fti

n/f vs. fif is plotted and a best fit straight line is calculated
using the least-squares method giving —1//r2 as the slope
and 2fimex//R as the intercept. Then eq 1 and 2 are used to
reevaluate B from the calculated values of mn-ax and fr.
This process is repeated until convergence is reached.

The results of the measurements made on AgC104 in
THF solutions are plotted in Figure 3. A similar iterative
procedure was used to evaluate B, f r, and Mrax

The results of both sets of computations, i.e., the con-
verging values of B as well as A, Mrex, and /r for the
NaC104and the AgCl04solutions, are tabulated in Table I.

The relaxation frequency appears to be independent of
concentration for the NaC104 solutions which indicates a
first-order or a pseudo-first-order kinetic process of the
type

A AR )
kR
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TABLE I: Calculated Ultrasonic Relaxation Parameters for NaC10,, and AgC104in THF and for NaClO.,
in the Solvent Mixture THF—C2HsOH

1017A, I0'TB, 10-5u,
t,°c c, M f, MHz 10sMmex cm-1s2 cm-1s2 cm s“1
NaC104in THF
25.0 0.15 127 155 18.9 122 1.269
0.10 0.10 127 183 22.6 121 1.260
(2nd run) 127 187 23.2 121 1.269
0.05 125 137 17.3 123 1.269
0.0 0.10 85 120 20.3 104 1.390
—15.0 0.10 66 69.6 13.8 85.5 1.457
-30.0 0.11 47.5 56.4 15.5 74.5 1.531
AgCl10,, in THF
25 0.14 105 119 17.9 126.5 1.269
0.10 125.5 106.5 13.4 122 1.269
0.05 109 95.2 13.7 124 1.269
-15 0.10 61 77.5 17.4 88.5 1.457
-30 0.11 54 73 17.7 76.5 1.531
NaClO, in THF—C2HsOH; ac2Hson = 0.226
25 0.10 43 33.4 12.5 75.0 1.243

Figure 4. (A) In(r VvV 7)vs. 1/ Tfor NaCl04 and AgCIl04 in THF. (B) In
(BmaxT/pn2) vs. 1/Tfor NaCl04 in THF.

t~1= (kT/h) exp(-AHt/RT) exp(AS*/R)
and

In(€'VT) = [In(k/h) + AS*/R] - AHt/RT

from which it transpires that a plot of In (r-1/T) vs. 1/T
(Figure 4A) shall give as a slope d In (r-1/T)/d(I/T) =
—AHt/R and as an intercept In (k/h ) + AS+/R.
In the absence of independent knowledge of the magni-
Figure 3. p vs. the frequency ffor AgCl04 in THF at 25, —15, and tude of K (and rfetentlon of e_lther K« 1ork » 1)), it
_30°C. would then remain undetermined whether the calculated
activation parameters AH1and AS* refer to the forward or
to the reverse process.
On the other hand, by making no assumption on the
magnitude of K, one has

The energy barrier of the observed first-order process may
be calculated from the temperature dependence of the re-
laxation frequency following the derivation partially out-
lined by Lamb.8

For a first-order process one has = kf+ kHwithK =
kf/kR = [B)/[A] where r is the relaxation time and K is the and

equilibrium constant. Then din(r=VT) _ A/fRI (dIn( +K) d(l +K)
1 feH( - K) d(I/T) R d(l + k)  d(lIT)
AHRI K din K
R + 1+Kd(I/T)

r~I =[(kT/h) exp(-AHUi/RT) exp(ASRt/fD)](l + K)

notice that if K « 1, the above expression reduces to t-1 =
kja, whereas if K » 1, r_1 = k{. If one assumes either of the
two positions (K « 1 or K » 1) and retains the Eyring din (e-'/71) AHr1 K AH®
theory, one has d{/T) R i+ K R

The Journal of Physical Chemistry, Vol. 80, No. 3, 1976
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the term [K/(1 + K)](AH°//?) can be determined from the
temperature dependence of the excess sound absorption
per wavelength jumai as shown below. Hence AGr:, ASr3,
and therefore AGr3 can be determined independently by
ultrasonic absorption measurements.

For NaCl104 in THF the term K/(l + K)(AH°/R) =
—2490 (see below). From Figure 4A the slope calculated by
linear least squares is —1017. Then —1017 = —AGr3/? +
2490 and AGr3 = 6.97 kcal/mol. Similarly the intercept
18.212 gives ASr3 = —11.0 eu. At T = 298.15 K AGr3 =
6.97 + 3.28 = 10.25 kcal/mol which gives &r = (kT/h)
exp(—AGr3/?T) = 1.91 X 105. Because/ r = 127 MHz (C =
0.05 M, T = 298.15 K, Table I), r*1=k{+ kR = 7.98 X 108
s land K ~ 4.2 X 103» 1. In fact, retention of this condi-
tion, hence t~1= kf, from Figure 4A gives slope = —AGf3/?
= —1017 and AGf3= 2.02 kcal/mol whereas from the inter-
cept ASF3= —11.0 eu. From these parameters one can cal-
culate, at T = 298.15 K, AGf3= AGf3— TASf3= 5.3 kcal/
mol and retaining the Eyring theory

k{= (kT/h) exp(—AGf3/?T) = 8.1 X 108 s~-

For AgC104in THF the term K /(1 + K)(AH°/R) = -1371
(see below). From Figure 4A the slope calculated by linear
least squares is —884.8. Then —884.8 = —AGr3/? + 1371,
which gives AGr3 = 4.48 kcal/mol. Similarly the intercept
is equal to 17.725 which gives ASr3= —11.9 eu. Then, at T
= 298.15 K, AGr3 = 4.48 + 3.55 = 8.03 kcal/mol, which in
turn gives k r = 0.81 X 107s-1. At 25°C the average relaxa-
tion frequency is/r = 113 MHz; thus r_1 = 7.1 X 10®s-1.
As in the case of NaC104kf » &r and K » 1. Retention of
the condition r_1 = kf from Figure 4A gives AGf3 = 1.75
cal/mol and ASf3= —11.9 eu. These two figures are clearly
comparable to the corresponding ones for NaC104 (as the
close parallelism and closeness of the two functions drawn
in Figure 4A testify). The results of the above kinetic calcu-
lations are summarized in Table II.

We wish now to extract thermodynamic parameters from
the ultrasonic spectra of NaC104and AgC104in THF. Fol-
lowing a procedure partially outlined by Lamb8 for a first-
order process of type (3) we may write

_mmavez /L +_L\ _1 VIR __
M  /)RT IB] 1+ (//r)2
where /1 = 1/pu2 is the solvent compressibility and AVS =
AVt — (Q/pcp)AH° with 6 being the isobaric expansion
coefficient and cp the specific heat. At the relaxation fre-
quency
t(AVs)2 [A][B]
Mmax
20RT [A] + [B]

or
AVs)2 k
MTBX_ZTSRT)l J1+K (42)
and
_ &(AVs)2 K
Mrex 2/37T C* (1 +K)2 (4b)
with ¢* = [A] + [B]. Then one may write
MexT _ Jr(AVs 2 K
©®)

pu2 2R 1+K)2

As in the kinetic treatment of the data above, one might as-
sume K « lorK » 1 For K « 1, since K = exp(—AG®°/
RT), one has
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TABLE II: Summary of the Results of the Ultrasonic
Analysis for NaC104and AgC104in THF

M298.15 K), AGft, ASft,

Electrolyte s_| kcal/mol eu if = fef/feR
NacCloO, 8.1x10s 2.02 —11.0 4.2 x 103
AgCIO, 8.1 x 10s 1.75 —11.9 102

AG®

- In
RT
Thus the slope of the straight line obtained by plotting In
(MrenT/pu2) vs. 1/T is equal to —AG°/R. Notice, however,
that by retaining the condition K » 1, one has

m»(FHIFF]

Therefore lack of independent information on the magni-
tude of K (and retention of either K « 1 or K » 1) would
leave the sign of AG°® undetermined. However, if no posi-
tion is taken on the magnitude of K, then from relation 4a
and K = [B]/[A] one may write

)

- In (1 +K)

In this case the slope of the function In (pmaxT/pu2) plotted
vs. 1/T will be

din (1 +K) din (1 +kK)d(l +K) _
slope =
d(/T) d(l + k) d(/T)
_ K dInK (6)
1+ K d(/T)
slope = AG?
P 1+ K R

which, combined with the kinetic data as shown above, al-
lows the determination of the activation parameters of pro-
cess 3. For NaC104 in THF the plot of In (pmaxT/pu2) vs.
1/T (Figure 4b) gives slope = K/(1 + K)(AH°/R) = —2490
and intercept = In [<7r(AV's)2/2/?)[B]] = —15.636. Because
if » 1 as determined in the kinetic section, we can safely
call slope = AG°/R = —2490 and intercept = In [(7r(AUs)2/
2/?)c*] according to the derivation shown above for K » 1.
Then AG°® = —2490/? = —4.95 kcal/mol, which corresponds
to K = exp(—AG°/RT) = 42 x 103at T = 298.15 K. Simi-
larly for AgC104in THF the plot of In (pmaxT/pu'2) vs. /T
(Figure 4B) gives slope = K/(1 + K)(AH°/R) = —1371 and
intercept = —19.935. Because also for AgC104K » 1 as de-
termined in the kinetic section, then AG°® = —1371/? =
—2.73 kcal/mol, which corresponds to K ~ 100 at 298.15 K.
Hence, whereas the kinetic forward activation parameters
do not show appreciable differences between NaC104 and
AgC104 in THF, the stability constants of the process in-
vestigated differ for the two systems as Figure 4B reveals.

The above implies, as a consequence, that also the prod-
uct (AVs)X* for the two processes is different. This is evi-
dent from the different intercepts of Figure 4B and from eq
5, the Mrai being of the same order of magnitude for the
two systems (Table I). Unfortunately the quantity c* = [A]
+ [B] is unknown; the c* is not to be identified with the
stoichiometric concentration ¢ as discussed below. This
hinders the numerical evaluation of the Aks's.

The experimental results shown in Tables I and Il and in
Figure 4A show that the first-order process that has been
observed involves mainly the anion. In fact from Tables I
and Il, the relaxation frequencies and the activation pa-
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Figure 5. (A) a/P vs. Hor sodium picrate 0.05 M in THF at 25°C. (B) a/f2vs. ffor NaCl04 0.1 M in a C2HsOH-THF mixture at 25°C. (C) p vs.

f for NaCl04 0.1 M in a C2HsOH-THF mixture at 25°C.

rameters for for AgCIC= and NaC104 solutions are compa-
rable.

Similar observations were made by Hemmes: on solu-
tions of LiNOa and of BU4NNO3 in THF. It seems there-
fore that the same process with an activation enthalpy
close to the activation energy for viscous flow E1 = 1.79
kcal/mol is observed for both AgC104 and NaCio04.

The results of measurements on a 0.05 M sodium picrate
solution (Figure 5A) show the onset of a relaxation only at
the lower end of the available frequency range. This further
demonstrates that C104_and not Na+ is responsible for the
observed relaxation near 100 MHz.

The hypothesis is advanced that we have observed the
second step of the Eigen scheme (eq 7) corresponding to

ki2
Na+Sx + C104-Sy ™~ N a +S2C104-
~
step | stepll

Na+SC104- NaC104 (7)

k43
step 111

the anion desolvation and its reverse. (S = solvent mole-
cule.) The first step is not observable by ultrasonics: be-
cause of the extent of ionic association, and to a good ap-
proximation process 7 could be written without step I.

The measured rate constants would then correspond to
&23 Or (232, but there is no way to decide which one corre-
sponds to the experimental kf for a first-order process since
the only experimental data we have are r and its tempera-
ture dependence.

In order to test the proposed mechanism, an ethanol-
THF solution (mole fraction X c2chtoh = 0.226) was pre-
pared. A solution of NaCios4 0.1 M in this solvent
([C2H50 H]/[NaCi04] ™ 30) was also prepared. It was
thought that if the observed process in pure THF is related
to anion desolvation by adding an excess of polar solvent
(with respect to the electrolyte), the relaxation phenome-
non might be disturbed.

The results of the measurements of the solvent mixture
and of 0.1 M NaC104 in the same mixture are reported in
Figures 5B and 5C and in Table I. The relaxation frequen-
cy shifts, by a factor of about 3, to a lower frequency indi-
cating a possible participation of ethanol in the process in-
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volving Cl104-. Ethanol, rather than THF, probably inter-
venes in the observed cation-solvent exchange around the
anion in the ion pair. It is significant that the results shown
below of the microwave dielectric measurements on
NaCti04 in the same ethanol-THF solutions tend to sub-
stantiate this conclusion. This concurrence of observations
of two different phenomena restricts the choice of possible
alternate explanations for the ultrasonic process.

The measured viscosity of the ethanol-THF mixture was
5.02% higher than the measured viscosity of pure THF. In
fact, a Cannon viscometer (No. O, manufacturer calibration
constant A = 0.000972 according to the relation 7 = Apt)
was recalibrated with freshly distilled THF and with
C2HsOH. The calibration constant at 25°C resulted as A =
0.000971 + 6 X 10-6 in good accord with the above calibra-
tion. The solvent mixture THF-C2H50H of X c2nson =
0.226 resulted in viscosity 7 = 0.481 cP, its density being p
= 0.8654 g cm-3, whereas the viscosity of pure THF is 7 =
0.458 cP at 25°C.2 Thus the increased viscosity could not
account for the ultrasonic frequency shift.

Notice also that eq 5 may appear to imply that ¢nmex is
proportional to the concentration c, which is not the case as
shown in Table I. However, in our hypothesis, ¢c* = [A] +
[B] = [Na+S2C104 ] + [Na+SCio04_] which is not the total
concentration. Changes in the electrolyte concentration
may change c* in a nonlinear fashion by modifying the
number and type of species present. The only assumption,
made through the use of eq 5 (Figure 4B), is that at the
total concentration ¢ = 0.1 M (NaCl104 or AgC104), the
change in c* is negligible in the temperature range investi-
gated.

I11. Dielectric Relaxation

Experimental Procedure. The dielectric constant and
loss in the frequency range of 0.2-1.5 GHz were measured
using a GR bridge, No. 1602 B,9 and a microwave power re-
flection technique was used for the frequency range of
2-8.5 GHz.9 The preparation of the materials and the solu-
tions are described in the ultrasonic section. A Forma Ju-
nior thermostatic bath was used to maintain a temperature
of 25 + 0.05°C. The liquid temperature was checked in the
dielectric cell after each measurement.

Results. The real and imaginary parts of the complex
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TABLE IlI: Real and Imaginary Parts of the Permittivity
in the Frequency Range Investigated for NaC1040.1 and
0.05 Min THF at 25°0

f, GHz e' e" f, GHz € e"

NaClO040.1 M in THF; 25°C; X =2.65 x 10-5n"' cm“l
0.30j 8.71 0.42 1.50 8.36 0.78
0.50 8.68 0.40 2.00 8.20 0.80
0.60 8.65 0.43 3.00 7.88 0.90
0.90 8.59 0.59 4.00 7.73 1.03
1.20 8.42 0.63 8.52s 7.24 1.03
NaClOj 0.05 M in THF; 25°C; xs =1.30 x 10-5n cm-1
0.30 8.21 0.28 2.00 7.85 0.58
0.60 8.26 0.38 3.00 7.77 0.74
0.90 8.15 0.45 4.00 7.56 0.76
1.20 8.14 0.50 8.53 7.21 0.96
1.50 7.99 0.52

¢ HsOH-THF Mixture; X ¢ H OH=0.226; 25

0.207 9.37 0.13 1.50 9.28 0.60
0.304 9.30 0.17 3.00 9.00 1.06
0.450 9.30 0.42 4.00 8.78 1.25
0.600 9.31 0.28 8.52 7.81 1.48
0.900 9.26 0.33

NaClO, 0.1 M in C2HSOH-_THF:X ¢ 2HsOH = 0-226;
v =2.61 x 10K4n  cm"*

0.189 12.24 2.69 1.50 10.01 1.61
0.304 11.92 2.27 2.00 9.57 1.86
0.468 11.38 1.99 3.00 9.12 1.97
0.600 10.90 1.81 4.00 8.95 2.13
0.900 10.44 1.51 8.52 7.71 2.27
1.200 10.19 1.58

a X is the audiofrequency electrical conductivity (fi
cm™).

permitivity for 0.1 and 0.5 M solutions of NaC104in THF
are shown in Table Ill. The analysis of this data is similar
to the one described in a previous paper.9 The corrected
values of «@ and (¢" are calculated from the contributions
of the solvent relaxation and the conductivity using the re-
lationships

fd = ) + fs' —<s'(@)
(8)
fd" ~ f'(«u) —is"'w) - X

where «(to) and t"(u) are the experimental values. &' is the
static permittivity of the solvent (7.40) at 25°C. &'(0)) and
1s"(u>) are the real and imaginary parts of the solvent perm-
ittivity at the angular frequency, o= o' is the contribution
to the loss due to the solution conductivity Xs

The approximation used in deriving equations 8 ar.d 9, e.g.,
that the solvent relaxation is negligibly altered by the pres-
ence of the solute, and in retaining the audiofrequency con-
ductivity have been discussed previously.9 The approxima-
tions for the solvent corrections are probably acceptable in
dilute solutions to 0.05-0.1 M.

The calculated values of td' and td" for c = 0.1 M are
shown in Figure 6A as a Cole-Cole plot. The solid line fits a
Cole-Davidson distribution with a parameter ft = 0.8, ac-
cording to the function for the complex permittivity

to - f. to —

+ . X +
(1 +ju)Tn)i [L+nfHn)Y

fd' - jfd"

where  has been set equal to es' the static permittivity of
the solvent; td is the dielectric relaxation time. The fit has
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Figure 6. (A) Cole-Cole plot of <d" vs rd' for NaCl04 0.1 M in THF at
25°C; relaxation parameters i0 = 8.76, = 7.40, fB= 2.0 GHz, &
= 0.8. (B) fd vs. fand td" vs. ffor NaCl04 0.1 in THF at 25°C.

been obtained for e = 8.76, /r = 20 GHz, and ft = 0.8. In
Figure 6B the same data are displayed by td' and fd" and
plotted as functions of frequency. The results for the mea-
surements on 0.05 M NaC104solution are shown in Figure
7A and B. The parameters corresponding to the Cole-Da-
vidson distribution functions were to = 8.30, f,, = fs' = 7.40,
/r = 1.8 GHz, and 3 = 0.9 = 0.1.

In the study on LiC104 in THF9 the probability was dis-
cussed that the Cole-Davidson distribution was the result
of an overlapping of two or more Debye relaxation pro-
cesses which originate from the rotational relaxation of dif-
ferent solvated forms of ion pairs.

From the ultrasonic work for NaC104 in THF the ratio
between the concentration of the two outer-sphere forms of
the ion pairs results in K = 4.2 X 10:. However, from the
ultrasonic work alone we cannot decide whether K =
[Na+S,C104-]/[NaSC104-] or K = [Na+SC104-]/NaS2-
C104 ], i.e., which form of solvated ion pairs predominates
in the solution. Similarly the calculation of the outer-
sphere formation constant K i2 1 (from the equations based
on the electrostatic ionic potentialsl0) is too sensitive to pa-
rameter a, the minimum collision distance of free ions.
Consequently it is not possible from these data alone to ex-
tract a meaningful value of K,u~1 from the Eigen relationll

Ky = Ai I (L+K ifl+ (10)

where Kv is the overall formation constant; K> ' and
K m~] are the formation constants of steps Il and Il of re-
action 7.

In the absence of such precise structural information the
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Figure 7. (A) Cole-Cole plot of £fd' vs. £ for NaCl04 0.05 M in THF
at 25°C; relaxation parameters to = 8.30, £, = 7.40, f, = 1.8 GHz,
R = 0.9+ 0.1. (B) td vs. fand ed’ vs. ffor NaCl04 0.05 M in THF at
25°C.

same calculation9 of the Cole-Davidson distribution pa-
rameter has been performed. It is assumed that the
source of the Cole-Davidson relaxation distribution func-
tion is due to the diffusional rotation of ion pairs coupled
with diffusional collisions between them. A modified Glar-
um theory9 leads to the calculation of 8 as

(rdif/rn)1/2
1+ (rdif/rD)1/2

where rdif = 102/D, and If, is the average diffusion distance
for the encounter of the rotating ion pairs, i.e. Iq is the dis-
tance a rotating ion pair moves in either direction of a one-
dimension diffusion walk13 to encounter the next neighbor
pairs assumed randomly distributed. D is the diffusion
coefficient of the pairs. Numerically, for 0.1 M NaCIC= D
10-5 cm2 s-19 and 2/0 = [I/%Cpair(10-3L)]1/3 [/
%C(10~3L)]1/3 where L is Avogadro’s number. The resul-
tant values are Iq = 16.07 x 10~8cm, rdif = 2.58 x 10-9 s,
and Scaled = 0.85 (given tg = 7.96 x 10“ 1l s) which is in
agreement with dexptf = 0.8. Similarly for a 0.05 M NaC104
solution the calculated values are lo = 20.3 x 10~8cm, rdif
= 412 x 10-9s (rD = 8.84 x 10“1 s), and dcaled = 0.87
whereas dexpti = 0.9 £ 0.1. The calculated values of 8 agree
with the experimental values within the possible toler-
ances. The limited solubility of NaC104 prevents extending
the measurements to higher concentrations. (In the case of
LiC1i04, at higher concentrations the process becomes more
cooperative and 8 tends to 0.5.)
At this stage of the research it was conceived that if the
observed relaxation is mainly due to the rotation of ion
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Cole - Cole Plot
No CI04 OIOM mTHF-C2H50H

xe2h5o0*0226 li25°C

Figure 8. (A) Cole-Cole plot of e" vs. t' for the solvent mixture
C2HsOH-THF; XcjHOn = 0.226; t = 25°C. (B) Cole-Cole plot of (e"
—(,") vs. € for NaCl04 0.1 M in the solvent mixture C2HsOH-THF;
XCohboh = 0.226; t = 25°C.

pairs, one should observe a change in the relaxation phe-
nomenon once the structure of these pairs is altered. In
order to check on this hypothesis, the same solvent mix-
ture, ethanol-THF, that was used for ultrasonic work was
employed here. The results of these measurements (Table
I11) are plotted in Figure 8A for the solvent mixture alone
and in Figure 8B for the 0.1 M NaC104in the ethanol-THF
solvent. The Cole-Cole plot in Figure 8A (maximum fre-
quency was 8.5 GHz) may be described by a Debye single-
relaxation function. However, it is anticipated that at
frequencies higher than 8.5 GHz a single relaxation will not
be sufficient to describe the data since pure THF has a sep-
arate relaxation at higher frequencies.912 The apparent re-
laxation parameters of the solvent, calculated from a linear
least-squares plot of t’ vs. f are to = 9.35 and /r = 7.9 GHz.
(The extrapolated Debye function crosses the t' axis at
= 6.35 in Figure 8A.) However, one has to keep in mind
that the above parameters, especially /r and fit the
function without consideration of the contribution of the
solvent THF relaxation. Hence they should be considered
as approximate.

The Cole-Cole plot in Figure 8B reports for the ordinate
the quantity (<" — i"x), namely, the total imaginary part
corrected for the conductance contribution

. _ 18X 101
/

(The conductance of the electrolyte solution was measured
at 25.000°C giving x = 2.61 X 10~4 (T1 cm*“1). The fre-
quency range was 0.189-8.52 GHz. From the trend of the
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data in Figure 8B, it may be seen that (at least) two relaxa-
tion regions are discernible, one approximately comparable
to the one for the solvent mixture ethanol-THF and an ad-
ditional one at lower relaxation frequency.

A guantitative analysis of these data is not possible be-
cause of the unknown contribution of the solvent THF to
the investigated relaxation processes. To this purpose it
would be necessary to extend the frequency range to about
100 GHz. It is possible, however, to draw some qualitative
conclusions from the above data. It seems that the relaxa-
tion at the higher frequency (Figure 8B) is comparable to
the relaxation of the ethanol-THF mixture and the lower
relaxation (centered around the relaxation frequency fr =
0.5 GHz) is the result of the addition of NaClOi to the sol-
vent mixture ethanol-THF. This relaxation frequency /r -
0.5 GHz is lower by a factor of 4 than the average relaxa-
tion frequency shown by NaClU4 0.1 M in pure THF ¢/ =
2 GHz). Since the viscosity increases only by 5% (with re-
spect to pure THF) by the addition of ethanol, as in the ul-
trasonic studies, it seems likely that ethanol intervenes in
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solvating the ion pairs, consequently lowering their rate of
rotation.
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A rather complete description of the thermodynamic properties of caffeine in aqueous solution for a wide
concentration range is afforded on the basis of calorimetry, vapor pressure osmometry, solubility, and den-
sity experiments. The whole set of data is compatible with an interpretation of the concentration depen-
dence of properties considered in terms of multiple association equilibria of the solute. Data on complex
formation between caffeine and the dye ethidium bromide in aqueous solution are also reported. The ther-
modynamics of caffeine self-dimerization as well as of the caffeine-ethidium bromide adduct formation is
discussed and compared with that for a few different species known to dimerize and/or aggregate by “verti-

cal stacking” in dilute aqueous solution.

Introduction

Pyrimidine and purine bases, as well as a number of their
derivatives, are known to self-associate in aqueous solution
with the formation of dimers or higher aggregates by “ver-
tical-stacking”. A thermodynamic characterization of this
behavior has been achieved in many instances with consid-
erable accuracy by means of vapor pressure osmometry,1
ultracentrifugation,2and calorimetry.34

A common feature, apparently independent of the de-
gree of stacking of the compound under consideration, is
that both the enthalpy and entropy <feach association step
are quite large and negative. In particular, the negative
(unitary) entropy change of such association, for which hy-
drophobic forces would be relevant, has been a matter of
debate.4

In the context of this type of studies, caffeine (1,3,7-tri-
methyl-2,6-dioxopurine) seems a particularly suitable com-

pound. The study of the concentration dependence of its
properties should, in fact, be free from complications that
arise in other aggregating systems due to electrostatic in-
teractions and due to the possible existence of protolytic
products in solution. Moreover, caffeine is reported to form
1:1 mixed molecular complexes with different organic com-
pounds containing aromatic ring systems, a fact which has
possible pharmacological implications.56 There is, how-
ever, still some lack of quantitative information on the be-
havior of caffeine in water (for instance, according to Gutt-
man and Higuchil6 the self-association of caffeine would
proceed to the dimeric and tetrameric species only, a con-
clusion questioned by Gill et al.3), and nothing is known on
the thermodynamics of its interactions with aromatic com-
pounds in aqueous solution.

Pursuant to our interest on the physical chemistry of
nonionic compounds in aqueous solution78and in the light
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of what was mentioned above, we have carried out a series
of solubility, vapor pressure osmometry, density, and mi-
crocalorimetry experiments aiming at a better character-
ization of the caffeine-water system. The interaction of
caffeine with the dye ethidium bromide and with urea has
also been studied, principally by means of calorimetry.

Experimental Section

(a) Materials. Urea and caffeine (C. Erba, Italy) were re-
crystallized from water-ethanol (1:1) and from water, re-
spectively. Hydrated caffeine crystals were obtained in this
way at around room temperature. Thermogravimetric and
differential scanning calorimetric analysis revealed that
such crystals lose 1 mol of water per mole of caffeine at
around 82 °C. Sublimation of caffeine leads to anhydrous
crystals exhibiting x-ray powder diffraction spectra quite
different from those of the monohydrate crystals.

Crystalline forms were used in the calorimetric heats of
solution measurements of both hydrated and anhydrous
materials. Sublimed caffeine (anhydrous) was employed in
most of the other experiments.

(b) Methods. (1) Osmotic coefficients, 45 were obtained
at 29.8 and 35.0 °C by vapor pressure osmometry (Perkin-
Elmer, molecular weight apparatus Model 115) using su-
crose (A-grade) solutions (0-0.05 m) as standards, writing
<= (\R/m)caffeine/{M I/m ) SUCTCse where AR(chm) is the dif-
ference in thermistor resistance readings for the solution of
molality m and for water. The (AR/m )auCTOse value was in-
dependent of m, and equal to the value reached by (AR/
m ) caffeine for m = 0. In our experience the reproducibility of
the measurements rapidly deteriorates with decreasing
working temperature using the above apparatus because of
its poor temperature control near 25 °C (water as solvent).
For this reason we shall not report 4>values for 25 °C as we
consider these values of insufficient reliability.

(2) Saturated caffeine solutions were obtained by pro-
longed equilibration under continuous shaking with pure
solid caffeine in unsaturated or supersaturated solutions in
a thermostated bath. The equilibrium molality of caffeine
was derived either by direct uv analysis (after appropriate
dilution of a weighed amount of the equilibrated solutions)
using a molar extinction coefficient of t 9900 at 272 nm,9or
by evaporation to constant weight at 90 °C. A faster meth-
od, following a modified Davies et al.10 procedure, has
yielded the same solubility data, well within experimental
errors (£0.0003 m from 16 to 30 °C).

(3) Density measurements were carried out using an A.
Parr Model DMA-02-D microdensimeter connected with a
thermostated bath at 25 + 0.0001 °C. Water and air were
employed for routine instrumental calibration using litera-
ture datall for their densities at the temperature and pres-
sure of the experiments.

(4) Calorimetric measurements were made at 25 °C with
a LKB 10700 batch-type microcalorimeter with glass cells.
In the heat of dilution experiments weighed amounts of
caffeine solutions of known concentration (ca. 4 g) were
mixed with weighed amounts of water (0.5-2 g) in the ca-
lorimetric cells. Experimental values of the heat of dilution
ranged from 0.2 (at the highest dilution) to 55 meal, with
an estimated uncertainty of 0.1 meal. In the heat of solu-
tion experiments solid anhydrous caffeine (ca. 3 mg)
weighed with a semimicro analytical balance (Gibertini
G-15; precision £10 pg) was mixed with weighed amounts
of water (or urea solution). The complete dissolution of
crystalline caffeine takes place in less than 4 min under the
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experimental conditions employed. The final concentration
was checked by uv absorption analysis. Caffeine hydrate
crystals were kept in a saturated solution and wiped with a
filter paper before use. The amount of caffeine hydrate in
the heat of solution experiments was determined by uv
analysis of the final solution. The interaction of caffeine (2
X 10-3 to 5.3 X 10-2 M) with ethidium bromide (4.84 X
10-4 M) was studied with a LKB flow-type calorimeter.12
The net heat of interaction was obtained during the same
experiment by subtracting the experimental heats of dilu-
tion of each substance. The enthalpy of complex formation
(AH) was obtained from the relation

AH = QI/MV

where Q is the net heat of interaction (in cal/s), M is the
complex concentration in the flux v (in our experiments
9.58 X 10-6 I./s). The concentration of the 1:1 complex was
evaluated using the equilibrium constant obtained from
spectral measurements.

5) Uv measurements were performed at room tempera-

ture with a Hitachi Coleman EPS-3t spectrophotometer
using quartz cells of appropriate pathlengths. Spectra of
ethidium bromide (1-2 X 10~4 M) in the presence of differ-
ent caffeine concentrations (10~3to 10~2 M) were recorded
using 1-cm thermostated quartz cells.

Results and Discussion

(A) Caffeine in Water. The results of the measurements
carried out on aqueous solutions of caffeine are listed in
Table I.

Assuming that deviations from ideality of the water-caf-
feine system are essentially due to solute-solute interac-
tions leading to caffeine association, the experimental os-
motic coefficient, €3 values (Table I) were used to calculate
the association constant with the equationl

K = (1 —9//<>2 ()]

assuming a multiple equilibrium with K = K\ = K2 = ...
Kn~i. The resultsareK = 9.0+ 0.1 m_1(29.8 °C), and K =
7.8 +£0.1 m“1(35.0 °C).

From the density data of Table | one deduces that the
apparent molar volume of caffeine goes from <x° = 144.2
(m -* 0) to 4v = 142.15 cm3mol for m = 0.1, at 25 °C. We
interpret this 4v decrease in terms of association and write

*y= igi Xiui,

where Xi is the mole fraction of solute species of aggrega-
tion number i having a molar volume Vi. To solve the prob-
lem one can assume that the molar increment in volume
passing from i to (i + 1) is a constant, v, independent ofi,
ie. that vi = 4&° + (i — l)u. On the basis of our density
data and using the association equilibrium constant, K,
given above, one then easily calculates v = 138.3 cm3/mol.
This implies, for instance, that the molar volume of caf-
feine dimers in water would be 282.5 cm3/mol of dimer,
which is less by 5.9 cm3mol of dimer than would be expect-
ed from simple additivity of the apparent volume of the
monomer. Our results are in qualitative agreement with di-
latometric data reported by Kasarda.13

With the same assumptions made in the analysis of the 4>
data, the enthalpy of association, AH°, can be evaluated
using the relative apparent molal enthalpy ($1) data of
Table I and

AH® = H/1- B ©
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TABLE I: Physicochemical Properties of Caffeine Aqueous SolutionsO

Osmotic coefficient? Apparent rei molai

Solubility* enthalpy 25 °Cd Density 25 °Ce
29.8 °C 35.0 °C
msatc> -* . * *
t mol/kg H20 m 3> m <+ m cal/mol m d, g/cm3 cm3’mol
16.60 0.0714 0.1116 0.622 0.1027 0.656 0.1051 1150 0.00626 0.997360 143.7
19.30 0.0827 0.0765 0.683 0.0895 0.680 0.0632 970 0.01054 0.997577 143.8
20.50 0.0905 0.0590 0.723 0.0702 0.720 0.0357 710 0.02018 0.998069 143.5
23.80 0.1026 0.0528 0.745 0.0509 0.755 0.0298 640 0.02864 0.998500 142.7
26.08 0.1126 0.0386 0.781 0.0296 0.837 0.0247 550 0.05419 0.999840 142 .5
26.44 0.1f66 0.0258 0.835 0.0203 0.877 0.0169 420 0.05477 0.999859 142.6
28.88 0.1J09 0.0125 340 0.07629 1.000965 142.5
0.0092 240 0.10472 1.002456 142.0
0.0084 230 0.10754 1.002558 142.2
0.0044 110
0.0028 60
Heats of solution in water at 25 °C
Crystalline anhydrous Crystalline hydrate
mol of mol of
caffeine AH, caffeine AH,
X 106 g HO Q, meal kcal/mol X 106 g HO Q, meal kcal/mol
11.5 4.1162 38.12 3.31 29.0 4.4290 148.6 5.08
13.1 45024 46.52 3.54 9.12 4.0647 43.49 4.78
14.1 4.0713 47.82 3.49 14.5 4.5195 76.02 5.22
13.3 4.0593 46.44 3.50 8.72 3.9289 43.36 4.97
11.6 4.0778 38.73 3.33 8.74 4.1301 44.80 5.12

Mean A//jg = 3.4 £0.1 kcal/mol

Mean AH\$ =5.0 £0.1 kcal/mol

a In the case of solubility, osmotic coefficient, and density data, each value is an average of at least four determinations.
* Maximum deviations from the mean value are #3 X 1 0 m. ¢ Maximum deviations from the mean value are 5 x 10~3
d Maximum deviations from the mean value are 10 cal/mol. e Maximum deviations from the mean value are +8 x 10-6 ¢/
cm3 Concerning the 43 data, + 10 cal/mol represents the maximum deviation of the average 4>L values from a graphical

best fit interpolation of 44 against m plot.

using extrapolated23values of 4> We obtain AH0 = —3.17 =
0.10 kcal/mol, at 25 °C. Elaboration of the same experi-
mental data according to the procedure of Stoesser and
Gilll4 yields a nonlinear plot for the highest caffeine con-
centrations; nevertheless the values —3.4 kcal/mol and 9.4
m-1 for the enthalpy and the constant of association (at 25
°C), respectively, could be extrapolated from the low con-
centration region.

Concerning the solubility vs. temperature data it is im-
portant to point out that equilibrium was attained in each
case between saturated solutions and solid hydrated caf-
feine. From these data (Table I) we derive d log mBaa/d(l/
T) = 1.86 X 103 K. Using for the differential heat of solu-
tion, AHus, the relationship

AHus = 2.303ftd log msatd/d(1/T) “~¥bsatd +

and introducing the 4> and d<f>/dm values extrapolated23
from the data of Table I (m™td = 0.1092; $satd = 0.602, and
di>/dm = —1.32 + 0.05), one obtains AHus = 3.90 + 0.05
kcal/mol.

The same Figure, within experimental error, can be inde-
pendently derived from the calorimetric data of Table I. In
fact at 25 °C AHus = Affis + 4>L("satd) = 3.9 =+ 0.1 kcal/
mol where AHis is the heat of solution at infinite dilu-
tion.24

Given the calorimetric heat of solution data for both the
hydrate and anhydrous form of caffeine we finally evaluate
(see Table I) AH = 1.6 b 0.1 kcal/mol for the enthalpy of
the reaction at 25 °C.

(caffeine-H20)s -* (caffeine)s + (H20)1 (G)]

This heat should reflect the breaking of the H bond linking
one caffeine molecule (through its Ng) with one water mol-
ecule in the hydrate,15 assuming that the crystal packing of
caffeine is little affected by reaction 4. Unfortunately, how-
ever, no crystallographic data seem to be available for an-
hydrous caffeine in order to substantiate our qualitative
conclusion.

In conclusion, the whole set of results reported here may
be interpreted in terms of association of caffeine in aque-
ous solution. Our osmotic coefficient data cannot, however,
support the lack of trimer formation suggested by Guttman
and Higuchil6 and are instead more compatible with the
hypothesis of multiple association with identical equilibri-
um constants.

Our heat of dilution values at 25 °C are in good agree-
ment with those reported by Gill et al.,3 but they do imply
a nonlinear plot of 44 against which, in turn,
would suggest that AH2° 5™ AHz° X .... As a matter of
fact, using the limiting (m —¥ 0) value of AH° = —3.4 kcal/
mol, one calculates K = 9.4 m_1 in agreement with the os-
motic coefficient result, while higher K values are obtained
with increasing m.

From our data it also appears that the entropy of caf-
feine dimerization (ca. —7 eu) may result solely from the
contribution arising from the unit decrease in mole number
upon association (ca. —8 eu, in water). Therefore the di-
merization of caffeine is entirely enthalpy driven, and one
can safely assume that the source of dimer stability resides
in the optimization of van der Waals contacts between
stacked molecules whose planes would be at a distance of
3.4 X 10-8 cm apart with C 2symmetry.17
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Comparison of our data with those from the literature in-
dicates that the extent of dimer formation in aqueous caf-
feine solutions at 25 °C is similar to that of purine3and 6-
methylpurine4 but smaller than in the case of 6-dimeth-
ylaminopurine or of 6(methylamino)-9-methylpurine at the
same temperature. The latter compounds with the exclu-
sion of purine are characterized, however, by entropies of
dimerization which range from nearly twice to almost three
times as large (in absolute value) as that found for caffeine.
In particular, the entropy of dimerization amounts to -13
eu for purine,3 —14.6 eu for 7-methylaminopurine, and
—22.4 eu for both 6-dimethylaminopurine and 6(methyl-
amine)-9-methylpurine2in water at 25 °C.

For these purine derivatives van der Waals interactions
between stacked molecules would thus be only one of the
factors governing a rather complicated mechanism of asso-
ciation in which water molecules are also heavily involved
(but in a manner poorly understood as yet). In this context
caffeine would represent a relatively simple case.

(B) Interaction of Caffeine with Ethidium Bromide and
with Urea. The cationic dye ethidium bromide (EB) has
received considerable attention because of the strong, se-
lective interaction it can establish with DNA. Thermody-
namic and spectroscopic aspects of EB dimerization in
waterl8and of the binding of EB by synthetic polyelectro-
lytesi8 and by DNAI9 in dilute aqueous solution have re-
cently been studied in this laboratory. Concerning the be-
havior of EB in water, it is useful to recall that (1) EB is
rather reluctant to dimerize (K = 41 M_1at 25 °C) in com-
parison to most common dyes, (2) the EB absorption spec-
trum is red-shifted upon dimerization, an infrequent phe-
nomenon for dye aggregation, and (3) the EB dimerization
enthalpy (AH = —7.6 kcal/mol) differs by no more than
about 15% from the average value of —6.5 kcal/mol calcu-
lated on the basis of enthalpy of dimerization data for
other different dyes.18

Pursuant to our interest in a quantitative description of
the capability of caffeine to form 1:1 complexes with aro-
matic compounds in water, it was considered worthwhile to
begin with EB, a well-characterized and interesting case it-
self.

Investigating the spectral properties of EB in aqueous
caffeine solutions we find that the dye spectrum is hypo-
chromic and red-shifted with respect to that of the free mo-
nomeric dye in water (Xrmex 480 nm; e4805270). For example,
in 0.1 M caffeine the spectrum of EB (1.8 X 10-4 M) exhib-
its a maximum absorption at 510 nm with an apparent
molar extinction coefficient of «s10 4380. The hypochromic
effect and red shift are qualitatively similar to those found
for EB dimerization as well as for EB binding by polycar-
boxylates and by DNA.18 Assuming that a 1:1 complex is
formed between caffeine and EB, an equilibrium constant
Ao = 126 M-1 has been calculated at 25 °C on the basis of
series of spectral measurements for different EB/caffeine
molar concentration ratios,2 using the extrapolated value
of «sgo 4050 for the EB-caffeine 1:1 complex. In these ex-
periments self-dimerization of caffeine has been neglected,
since its concentration was always below 10~2 M.

Calorimetric measurements, carried out as explained in
the Experimental Section, have yielded for the enthalpy of
EB-caffeine complexation the value AHbb — —5.4 * 0.1
kcal/mol of EB bound at 25 °C (Table IlI). This figure is
just the numerical average of the enthalpies of self-dimeri-
zation of caffeine and of EB. The total entropy of complex-
ation then results, ASeb = —8.6 eu, corresponding to the

The Journal of Physical Chemistry, Voi. 80, No. 3, 1976

A. Cesaro, E. Russo, and V. Crescenzi

TABLE II: Heats of Mixing Aqueous Caffeine (caf)
with Aqueous Ethidium Bromide (EB)fl at 25 °C

Afcaf X 103 Q, cal/s6 AH, kcal/mol
52.96 -28.8 x i0-6 —5.41
38.62 -21.0 x 10"6 —5.28
23.19 -18.3 x 10"6 —5.42
12.54 —15.2 x 106 —5.49

1.97 -4.6 x 10"6 —5.34

aH°ib =—5.4 +£0.1 kcal/mol
aMeb =4.84 x 10 4M. * Flow rate 9.58 x 10 6l./s.

cratic contribution well within estimated uncertainties in
the K eb and AZ/Eb values. Energetically favorable ir-elec-
tron cloud overlap between EB and caffeine would then he
the major source of stability for their 1:1 (stacked) complex
in aqueous solution. A similar explanation was afforded for
the strong complexation of the dye acriding orange with
sarcosine anhydride in dilute aqueous solution once the
possible relevance of hydrophobic interactions was ruled
out.8

Finally, it may be worth reporting that we have also
found by means of measurements of the heat of solution of
caffeine (2-6 X 10-3 M final molarity) in aqueous urea
(0.2-5 M) that such calorimetric data are consistent with
the formation of a caffeine-urea 1:1 adduct in solution. The
heat of solution data do, in fact, obey the simple equation
AH ) M = K A H UTea —K A H exc, which follows immediately
from the mass law, and where AH exc is the “excess” heat of
solution of caffeine in a urea solution of molarity M. The
best fit parameters are K = 0.50 + 0.05 M-1 and AH~UTea =
—3.60 + 0.10 kcal/mol. Lacking conclusive spectroscopic
evidence, interpretation of these data is still open to ques-
tion, as caffeine and urea might associate either by hydro-
gen bridges or by a sort of stacking mechanism.2l More
work is being carried out with urea and urea derivatives to
elucidate this point.
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COMMUNICATIONS TO THE EDITOR

Electrometric Study on the Chloride lon Inclusion into
the Poly(a,L-glutamic Acid)-Acridine Orange
Complex

Sir: Neutral salts such as potassium chloride are known to
affect the absorption spectra, optical rotatory properties,
aifd kinetic aspects of the poly(a,L-glutamic acid) (PLGA)-
acridine orange (AO) complex.1"3 Sato et al. interpreted
these phenomena by the assumption that (i) the chloride
ion (CI-) associates with the AO dimer as follows:14'5

2A0++ Cl- — (AO)XI+ o)

and then (ii) this (AO)2Cl+ is bound to the ionized carboxyl
groups of PLGA. On the other hand, Schwarz assumed that
the AO dimer is present as a divalent cation.267

If AO+ associates with Cl- according to (1), the activity
of Cl- would decrease. Thus the validity of their mecha-
nisms could be clearly elucidated from measuring the CI-
activity in the present system.89 This communication re-
ports the results of emf measurements of the CI- activity in
the PLGA-AO system.

Acridine orange was used as the hydrochloride salt (AO-
HC1). PLGA was used as the sodium salt. The following
electrochemical cell was used:

HgCl2(s)/Hg|satd KCI||AO-HCI(aq) + PLGA(aq)| Ag/AgCl

The emfwas measured with a Radiometer pH meter 4d. All
solutions were kept at 298 + 0.5 K. The pH value was ad-
justed at pH 4.53 + 0.03 by 5 mM10acetic acid-sodium ace-
tate buffer.

In Figure 1 the emf values are plotted against the loga-
rithm of the total amounts of Cl- added as AO-HC1. It
should be noted that the emf values linearly decrease with
log[AO-HCI] at all concentrations between 1 X 10-5 and 5
X 10-3 M.10 In this concentration region the dimer forma-
tion of AO takes place markedly.56 From these data, it is
concluded that both AO+ and (AO)22+ negligibly associate
with Cl-. This conclusion agrees with what was obtained by
Padday on other dyes.89

Figure 2 exhibits the emf values of the following systems:
(a) NaCl in water (pH 4.53), (b) PLGA-NacCl in water (pH
4.53), (c) PLGA-AO-HCLI in water (pH 4.53), where in sys-
tem c the glutamyl residue to dye ratio (R/D) was kept con-
stant at R/D = 10. The measurements were performed in

Logarithm of total

chloride ion concentration

Figure 1. Reversible emf of the cell as a function of the logarithm of
the total chloride concentration added as AO-HCI or NaCl: (¢) NaCl
only; (O) AO-HCI.

logarithm of total

chloride ion concentration

Figure 2. Reversible emf of the cell as a function of the logarithm of
the total chloride concentration added as AO-HCI or NaCl: (¢) (a)
NaCl only; (a) NaCl immediately after measuring PLGA-NacCl; (O) (b)
PLGA-NaCl at pH 4.53; (A) (c) PLGA-AO-HCI at pH 4.53; R/ID =
10.

the order of a, b, and c. In the presence of the PLGA, the
emf values shift down appreciably below [AO-HCI] = 10“4
M. Washing the Ag-AgCl electrode with water a whole day
after the measurements for the PLGA-NaCl system caused

The Journal of Physical Chemistry, Voi. 80, No. 3, 1976



340

the emf value for system a to recover to the initial value.
Thus this shift may be due to the adsorption of PLGA on
the Ag-AgCl electrode. The emf values for the PLGA-AO-
HC1 system coincide with those for the PLGA-NaCl sys-
tem. The results exactly show that there is no substantial
difference in the CI- activity between the two systems.
Considering that in system b no Cl- will be included into
PLGA which has large negative charges at pH 4.53, it is
reasonable to conclude that no significant inclusion of Cl-
takes place in the PLGA-AO complex. This conclusion is
supported also by the spectroscopic, the kinetic, and the
conductivity measurements.11
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